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Teaching  and  learning  general 
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and  provides  a  broad  spectrum  of 

aids  that  are  specifically  designed  to 

help  meet  those  challenges. 

Based  on  the  stages  of  the  typical 

general  chemistry  course,  the  chart 

on  the  following  pages  describes  the 

Prentice  Hall  resources  that  are 

available  to  you  and  your  students. 

At  every  stage,  we  support  you. 
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Support  at  Every  Stage. 

Select  items  based  on  what  you  want  to  accomplish  in  your  course.  Refer  to  the  enclosed 

activities  flowchart  to  identify  the  correct  media,  then  select  from  two  ordering  options: 

the  Student  Media  Pack  or  the  Student  Media  Pack  with  OneKey. 

For  instructors  who  want  students  to  take  a  self-driven  approach  to  using  media. . . 

Option  1 :  Student  MediaPak 

Packaged  automatically  with  every  new  copy  of  the  text  at  no  additional  cost,  this 
MediaPak  contains: 

•  Access  code  for  the  Companion  Website  with  GradeTracker 

•  Student  Accelerator  CD 

•  Virtual  ChemLab  CD  and  Workbook 

Students  can  work  problems  on  the  Companion  Website  and  track  their  progress  in  the 

gradebook  (which  can  be  imported  by  instructors  at  any  time  during  the  semester),  work 

through  interactive  tutorials,  and  view  movies. 

You  will  automatically  receive  a  copy  of  the  Student  MediaPak  once  it  is  published. 

For  instructors  who  want  more  control,  customizability,  and  course  management 

functionality. . . 

Option  2:  MediaPak  for  OneKey 

Available  for  an  additional  charge  over  the  cost  of  the  text,  the  MediaPak  for  OneKey 

contains  the  most  robust  collection  of  digital  resources  available-resources  that 

integrate  seamlessly  with  any  course  management  system.  This  option  includes: 

•  Access  Code  for  OneKey  and  PH  CradeAssist,  our  customizable  online  homework 

system.  (OneKey  with  PH  GradeAssist  is  available  in  WebCT,  BlackBoard,  and 

CourseCompass.  Contact  your  Prentice  Hall  sales  representative  for  ISBN 

information). 

•  Student  Accelerator  CD 

•  Virtual  ChemLab  CD  and  Workbook 
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To  the  Instructor 

Philosophy 

This  is  the  tenth  edition  of  a  text  that  has  enjoyed  unprecedented  success  over 
its  many  editions.  It  is  fair  to  ask  why  there  needs  to  be  yet  another  edition.  The 
answer  in  part  lies  in  the  nature  of  chemistry  itself,  a  dynamic  science  in  a 
process  of  continual  discovery.  New  research  leads  to  new  applications  of 
chemistry  in  other  fields  of  science  and  in  technology.  A  textbook  that  purports 
to  introduce  chemistry  to  students  who  have  only  a  limited  prior  acquaintance 
with  it  should  reflect  that  dynamic,  changing  character.  We  want  the  text  to 

convey  the  excitement  that  scientists  experience  in  making  new  discoveries  and 
contributing  to  our  understanding  of  the  physical  world. 

In  addition,  the  teaching  of  chemistry  is  also  continuously  changing.  New 

ideas  about  how  to  present  chemistry  are  being  offered  by  teachers  of  chem- 
istry, and  many  of  these  new  ideas  are  reflected  in  how  the  textbook  is  organ- 

ized and  the  ways  in  which  individual  topics  are  presented.  In  addition,  new 
technologies  and  new  devices  to  assist  students  in  learning  lead  to  new  ways  of 

presenting  learning  materials:  the  Internet,  computer-based  classroom  projec- 
tion tools,  and  more  effective  means  of  testing,  to  name  just  a  few.  All  of  these 

factors  impact  on  how  the  text  and  the  accompanying  supplementary  materials 
are  modified  from  one  edition  to  the  next. 

Our  aim  in  rev  ising  the  text  has  been  to  ensure  that  the  text  remains  a  cen- 
tral, indispensable  learning  tool  for  the  student.  It  is  the  one  device  that  can  be 

carried  everywhere  and  used  at  any  time,  and  as  such,  it  is  a  one-stop  source  of 
all  the  information  that  the  student  is  likely  to  need  for  learning,  skill  develop- 

ment, reference,  and  test  preparation.  We  believe  that  students  are  more  enthu- 
siastic about  learning  chemistry  when  they  see  its  importance  to  their  own 

goals  and  interests.  With  this  in  mind,  we  have  highlighted  many  important  ap- 
plications of  chemistry  in  everyday  life.  At  the  same  time,  the  text  provides  the 

background  in  modern  chemistry  that  students  need  to  serve  their  professional 
interests  and,  as  appropriate,  to  prepare  for  more  advanced  chemistry  courses. 

If  the  text  is  to  support  your  role  as  teacher  effectively,  it  must  be  ad- 
dressed to  the  students.  We  have  done  our  best  to  keep  our  writing  clear  and 

interesting  and  the  book  attractive  and  well-illustrated.  Furthermore,  we  have 
prov  ided  numerous  in-text  study  aids  for  students,  including  carefully  placed 
descriptions  of  problem-solving  strategies.  Together,  we  have  logged  many 
years  of  teaching  experience.  We  hope  this  is  evident  in  our  pacing  and  choice 
of  examples. 

A  textbook  is  only  as  useful  to  students  as  the  instructor  permits  it  to  be. 
This  book  is  loaded  with  many  features  that  can  help  students  learn  and  that 

can  guide  them  as  they  acquire  both  conceptual  understanding  and  problem- 
solving  skills.  But  the  text  and  all  the  supplementary  materials  provided  to  sup- 

port its  use  must  work  in  concert  with  the  instructor.  There  is  a  great  deal  for 

the  students  to  use  here,  too  much  for  all  of  it  to  be  absorbed  by  any  one  stu- 
dent. You,  the  instructor,  are  the  guide  to  a  proper  use  of  the  book.  Only  with 

your  activ  e  help  will  the  students  be  able  to  fully  utilize  all  that  the  text  and  its 

supplements  offer.  Students  care  about  grades,  of  course,  but  with  encourage- 
ment, they  can  also  care  about  learning  just  because  the  subject  matter  is  inter- 

esting. Please  consider  emphasizing  features  of  the  book  that  can  materially 



enhance  student  appreciation  of  chemistry,  such  as  the  Chemistry  at  Work  and 
Chemistry  and  Life  boxes  that  show  how  chemistry  impacts  modern  life  and  its 
relationship  to  health  and  lite  processes.  Learn  to  use,  and  urge  students  to  use, 
the  rich  Internet  resources  available.  Emphasize  conceptual  understanding, 

and  place  less  emphasis  on  simple  manipulative,  algorithmic  problem-solving. 
Spending  less  time  on  solving  a  variety  of  gas  law  problems,  for  example,  can 
open  up  opportunities  to  talk  about  chemistry  and  the  environment. 

Organization  and  Contents 

In  the  present  edition  the  first  five  chapters  give  a  largely  macroscopic,  phenome- 
nological  view  of  chemistry.  The  basic  concepts  introduced — such  as  nomencla- 

ture, stoichiometry,  and  thermochemistry — prov  ide  necessary  background  for 
many  of  the  laboratory  experiments  usually  performed  in  general  chemistry.  We 
believe  that  an  early  introduction  to  thermochemistry  is  desirable  because  so 
much  of  our  understanding  of  chemical  processes  is  based  on  considerations  of 
energy  change.  Thermochemistry  is  also  important  when  we  come  to  a  discussion 

of  bond  enthalpies.  We  have  continued  to  refine  our  approach  to  teaching  thermo- 
dynamics in  general  chemistry  It  is  no  easy  matter  to  walk  the  narrow  pathway 

between — on  the  one  hand — trying  to  teach  too  much  at  too  high  a  level  and — on 
the  other — resorting  to  ov  ersimplifications.  As  with  the  book  as  a  whole,  the  em- 

phasis has  been  on  imparting  conceptual  understanding,  as  opposed  to  present- 
ing equations  into  which  students  are  supposed  to  plug  numbers. 

The  next  four  chapters  (Chapters  6-9)  deal  with  electronic  structure  and 
bonding.  Here  we  have  made  several  significant  changes,  particularly  in  the 

presentation  of  atomic  orbitals.  New  Closer  Look  boxes  deal  with  radial  proba- 
bility functions  and  the  nature  of  antibonding  orbitals.  The  focus  of  the  text 

then  changes  to  the  next  level  of  the  organization  of  matter:  the  states  of  matter 
(Chapters  10  and  11)  and  solutions  (Chapter  13).  Also  included  in  this  section  is 
an  applications  chapter  on  the  chemistry  of  modern  materials  (Chapter  12), 

which  builds  on  the  student's  understanding  of  chemical  bonding  and  inter- 
molecular  interactions.  This  chapter  has  received  a  major  revision,  in  keeping 

with  the  rapid  pace  of  change  in  technology.  It  has  been  reorganized  to  empha- 
size the  classification  of  materials  according  to  their  uses  (materials  for  struc- 

ture, materials  for  electronics,  etc.).  In  addition,  new  topics  such  as 

light-emitting  polymers  and  materials  for  nanotechnology  have  been  added. 
The  next  several  chapters  examine  the  factors  that  determine  the  speed  and 

extent  of  chemical  reactions:  kinetics  (Chapter  14),  equilibria  (Chapters  13-17), 
thermodynamics  (Chapter  19),  and  electrochemistry  (Chapter  20).  Also  in  this 

section  is  a  chapter  on  environmental  chemistry  (Chapter  IS),  in  which  the  con- 
cepts developed  in  preceding  chapters  are  applied  to  a  discussion  of  the  atmo- 

sphere and  hydrosphere.  We  have  further  revised  and  refined  our  introduction 
to  equilibrium  constants  in  Chapter  15.  The  chapter  on  thermodynamics  has 
been  carefully  reworked  to  give  students  a  better  sense  of  how  the  macroscopic 
and  microscopic  views  of  entropy  are  connected. 

After  a  discussion  of  nuclear  chemistry  (Chapter  21 ),  the  final  chapters  sur- 
vey the  chemistry  of  nonmetals,  metals,  organic  chemistry,  and  biochemistry 

(Chapters  22-25).  These  chapters  are  developed  in  a  parallel  fashion  and  can  be 
treated  in  any  order. 

Our  chapter  sequence  provides  a  fairly  standard  organization,  but  we  rec- 
ognize that  not  everyone  teaches  all  the  topics  in  exactly  the  order  we  have  cho- 

sen. We  have  therefore  made  sure  that  instructors  can  make  common  changes 
in  teaching  sequence  with  no  loss  in  student  comprehension.  In  particular, 
many  instructors  prefer  to  introduce  gases  (Chapter  10)  after  stoichiometry  or 
after  thermochemistry  rather  than  with  states  of  matter.  The  chapter  on  gases 
has  been  written  to  permit  this  change  with  no  disruption  in  the  flow  of 



material.  It  is  also  possible  to  treat  the  balancing  of  redox  equations  (Sections 
20.1  and  20.2)  earlier,  after  the  introduction  of  redox  reactions  in  Section  4.4.  Fi- 

nally, some  instructors  like  to  cover  organic  chemistry  (Chapter  25)  right  after 

bonding  (Chapter  9).  With  the  exception  of  the  discussion  of  stereochemistry 
(which  is  introduced  in  Section  24.3),  this,  too,  is  a  seamless  move. 

We  have  introduced  students  to  descriptive  organic  and  inorganic  chem- 
istry by  integrating  examples  throughout  the  text.  You  will  find  pertinent  and 

relevant  examples  of  "real"  chemistry  woven  into  all  the  chapters  as  a  means  to 
illustrate  principles  and  applications.  Some  chapters,  of  course,  more  directly 
address  the  properties  of  elements  and  their  compounds,  especially  Chapters  4, 

7,  12,  18,  and  22-25.  We  also  incorporate  descriptive  organic  and  inorganic 
chemistry  in  the  end-of-chapter  exercises. 

Changes  in  this  edition 

Some  of  the  changes  in  the  tenth  edition  made  in  individual  chapters  hav  e  already 
been  mentioned.  More  broadly,  we  have  introduced  a  number  of  new  features  that 

are  general  throughout  the  text.  Chemistry:  The  Central  Science  has  traditionally 
been  valued  for  its  clarity  of  writing,  its  scientific  accuracy  and  currency,  its  strong 

end-of-chapter  exercises,  and  its  consistency  in  level  of  coverage.  In  making 
changes,  we  have  made  sure  not  to  compromise  those  characteristics.  At  the  same 
time,  we  have  responded  to  feedback  received  from  the  faculty  and  students  who 
used  the  ninth  edition.  Sections  that  have  seemed  most  difficult  to  students  have 

in  many  cases  been  rewritten  and  augmented  with  improved  artwork.  In  order  to 
make  the  text  easier  for  students  to  use,  we  have  continued  to  employ  an  open, 
clean  design  in  the  layout  of  the  book.  Illustrations  that  lend  themselves  to  a  more 
schematic,  bolder  presentation  of  the  underlying  principles  have  been  introduced 

or  revised  from  earlier  versions.  The  art  program  in  general  has  been  strength- 

ened, to  better  convey  the  beauty,  excitement,  and  concepts  of  chemistry  to  stu- 
dents. The  chapter-opening  photos  have  been  integrated  into  the  introduction  to 

each  chapter,  and  thus  made  more  relevant  to  the  chapter's  contents. 
We  have  continued  to  use  the  What's  Ahead  overview  at  the  opening  of 

each  chapter,  introduced  in  the  ninth  edition.  Concept  links  (  )  continue  to 

provide  easv-to-see  cross-references  to  pertinent  material  covered  earlier  in  the 
text.  The  essays  titled  Strategies  in  Chemistry,  which  provide  advice  to  students 

on  problem  solving  and  "thinking  like  a  chemist,"  continue  to  be  an  important 
feature.  Anew  in-chapter  feature  is  the  Give  It  Some  Thought  exercises.  These  are 
informal,  rather  sharplv  focused  questions  that  give  students  opportunities  to 

test  whether  they  are  actually  "getting  it"  as  they  read  along.  We  have  added 
more  conceptual  exercises  to  the  end-of-chapter  exercises.  A  new  category  of 
end-of-chapter  exercises,  Visualizing  Concepts,  has  been  added  to  every  chapter. 
These  exercises  are  designed  to  facilitate  concept  understanding  through  use  of 

models,  graphs,  and  other  visual  materials.  They  precede  the  regular  end-of- 
chapter  exercises  and  are  identified  in  each  case  with  the  relevant  chapter  sec- 

tion number.  New  Multi-Focus  Graphics  have  been  added.  These  graphics 

depict  topics  in  macroscopic,  microscopic,  symbolic  and  conceptual  representa- 
tion so  students  learn  to  see  chemistry  the  way  scientists  do,  from  a  variety  of 

perspectives.  The  Integrative  Exercises,  which  give  students  the  opportunity  to 

solve  more  challenging  problems  that  integrate  concepts  from  the  present  chap- 
ter with  those  of  previous  chapters,  have  also  been  increased  in  number. 

New  essays  in  our  well-received  Chemistry  at  Work  and  Chemistry  and  Life 
series  emphasize  world  events,  scientific  discoveries,  and  medical  break- 

throughs that  have  occurred  since  publication  of  the  ninth  edition.  We  maintain 
our  focus  on  the  positiv  e  aspects  ot  chemistry,  w  ithout  neglecting  the  problems 

that  can  arise  in  an  increasingly  technological  world.  Our  goal  is  to  help  stu- 
dents appreciate  the  real-world  perspective  of  chemistry  and  the  ways  in  which 

chemistry  affects  their  lives. 



You'll  also  find  that  we've 

•  Revised  the  end-of-chapter  Exercises,  with  particular  focus  on  the  black- 
numbered  exercises  (those  not  answered  in  the  Appendix). 

•  Integrated  more  conceptual  questions  into  the  end-of-chapter  material.  For 
the  convenience  of  instructors,  these  are  identified  by  the  CQ  annotation  in  the 

Annotated  Instructor's  Edition,  but  not  in  the  student  edition  of  the  text. 

•  Added  new  eLaboratory  Exercises  in  the  end-of-chapter  material.  These  ex- 
ercises allow  students  to  dev  elop  and  practice  the  skills  they  learn  from  the 

chapter  in  a  simulated  laboratory,  available  in  software  that  accompanies 

the  text.  The  realistic  setting  helps  students  see  how  problem-solving  in 
chemistry  applies  in  practice. 

•  Updated  the  eMedia  Exercises  in  the  end-of-chapter  material.  These  exer- 
cises take  advantage  of  the  integrated  media  components  and  extend  stu- 

dents' understanding,  using  the  advantages  that  interactive,  media-rich 
presentations  offer. 

•  Continued  the  practice  of  using  an  eMedia  Activity  icon  in  the  margins  to 
indicate  where  students  can  extend  understanding  of  a  concept  or  topic  by 

looking  at  an  activity  located  on  the  Web  site  or  the  Accelerator  CD-ROM. 

•  Carried  the  stepwise  Analyze,  Elan,  Solve,  Check  problem-solving  strategy 
into  nearly  all  of  the  Sample  Exercises  of  the  book  to  provide  additional 
guidance  in  problem  solving. 

•  Expanded  the  use  of  dual-column  problem-solving  strategies  in  many  Sample- 
Exercises  to  more  clearly  outline  the  process  underlying  mathematical  calcu- 

lations, thereby  helping  students  to  better  perform  mathematical  calculations. 

To  the  Student 

Chemistry:  The  Central  Science,  Tenth  Edition,  has  been  written  to  introduce  you 

to  modern  chemistry.  As  authors,  we  have,  in  effect,  been  engaged  by  your  in- 
structor to  help  you  learn  chemistry.  Based  on  the  comments  of  students  and 

instructors  who  have  used  this  book  in  its  prev  ious  editions,  we  believe  that 
we  have  done  that  job  well.  Of  course,  we  expect  the  text  to  continue  to 
evolve  through  future  editions.  We  invite  you  to  write  to  us  to  tell  us  what 

you  like  about  the  book  so  that  we  will  know  where  we  have  helped  you 

most.  Also,  we  would  like  to  learn  of  any  shortcomings,  so  that  we  might  fur- 
ther improve  the  book  in  subsequent  editions.  Our  addresses  are  given  at  the 

end  of  the  Ereface. 

Advice  for  learning  and  studying  chemistry 

Learning  chemistry  requires  both  the  assimilation  of  many  new  concepts  and 

the  development  of  analytical  skills.  In  this  text  we  have  provided  you  with  nu- 
merous tools  to  help  you  succeed  in  both.  We  have  provided  details  of  the  fea- 

tures of  this  text  in  the  "walk-through"  on  pages  xxxii-xxxv.  You  will  find  it 
helpful  to  examine  those  features. 

If  you  are  going  to  succeed  in  your  course  in  chemistry,  you  will  have  to 
develop  good  study  habits.  Science  courses,  and  chemistry  in  particular,  make 
different  demands  on  your  learning  skills  than  other  types  of  courses.  We  offer 
the  following  tips  for  success  in  your  study  of  chemistry: 

Don't  fall  behind!  As  your  chemistry  course  moves  along,  new  topics  will 
build  on  material  already  presented.  If  you  don't  keep  up  in  your  reading  and 
problem  solving,  you  will  find  it  much  harder  to  follow  the  lectures  and  discus- 

sions on  current  topics.  "Cramming"  just  before  an  exam  has  been  shown  to  be 
an  ineffective  way  to  study  any  subject,  chemistry  included. 
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Focus  your  study.  The  amount  of  information  you  will  be  expected  to  learn 
can  sometimes  seem  overwhelming.  It  is  essential  to  recognize  those  concepts 
and  skills  that  are  particularly  important.  Pay  attention  to  what  your  instructor 
is  emphasizing.  As  you  work  through  the  Sample  Exercises  and  homework 
assignments,  trv  to  see  what  general  principles  and  skills  they  deal  with.  Use 

the  What's  Ahead  feature  at  the  beginning  of  each  chapter  to  help  orient  you  to 
what  is  important  in  each  chapter.  A  single  reading  of  a  chapter  will  simply  not 

be  enough  for  successful  learning  of  chapter  concepts  and  problem-solving 

skills.  You  will  need  to  go  over  assigned  materials  more  than  once.  Don't  skip 
the  Give  It  Some  Thought  features,  Sample  Exercises,  and  Practice  Exercises. 

They  are  your  guide  to  whether  you  are  actually  learning  the  material. 
Keep  good  lecture  notes.  Your  lecture  notes  will  provide  you  with  a  clear  and 

concise  record  of  what  your  instructor  regards  as  the  most  important  material 

to  learn.  Use  your  lecture  notes  in  conjunction  with  this  text;  that's  your  best 
way  to  determine  which  material  to  study. 

Skim  topics  in  the  text  before  they  are  covered  in  lecture.  Reviewing  a  topic  be- 
fore lecture  will  make  it  easier  for  you  to  take  good  notes.  First  read  the  intro- 

duction and  Summary,  then  quickly  read  through  the  chapter,  skipping  Sample 
Exercises  and  supplemental  sections.  Pay  attention  to  the  titles  of  sections  and 

subsections,  which  give  vou  a  feeling  for  the  scope  of  topics.  Trv  to  avoid  think- 
ing that  vou  must  learn  and  understand  everything  right  away. 

After  lecture,  carefully  read  the  topics  covered  in  class.  As  you  read,  pay  atten- 
tion to  the  concepts  presented  and  to  the  application  of  these  concepts  in  the 

Sample  Exercises.  Once  you  think  you  understand  a  Sample  Exercise,  test  your 

understanding  by  working  the  accompanying  Practice  Exercise. 
Learn  the  language  of  chemistry.  As  you  study  chemistry,  you  will  encounter 

many  new  words.  It  is  important  to  pay  attention  to  these  words  and  to  know 
their  meanings  or  the  entities  to  which  they  refer.  Knowing  how  to  identify 
chemical  substances  from  their  names  is  an  important  skill;  it  can  help  you 

avoid  painful  mistakes  on  examinations.  For  example,  "chlorine"  and  "chlo- 
ride" refer  to  very  different  things. 

Attempt  the  assigned  end-of-chapter  exercises.  Working  the  exercises  that  have 
been  selected  by  your  instructor  provides  necessary  practice  in  recalling  and  using 
the  essential  ideas  of  the  chapter.  You  cannot  learn  merely  by  observing;  you  must 

be  a  participant.  In  particular,  try  to  resist  checking  the  Student  Solutions  Manual  (if 
you  have  one)  until  vou  have  made  a  sincere  effort  to  solve  the  exercise  yourself.  If 
you  really  get  stuck  on  an  exercise,  however,  get  help  from  your  instructor,  your 
teaching  assistant,  or  another  student.  Spending  more  than  20  minutes  on  a  single 
exercise  is  rarely  effective  unless  you  know  that  it  is  particularly  challenging. 

Make  use  of  the  online  resources.  Some  things  are  more  easily  learned  by  dis- 
covery, and  others  are  best  shown  in  three  dimensions.  Use  the  Companion 

Website  with  GradeTracker  or  OneKey  course  management  materials  to  this 
text  to  get  the  most  out  of  your  time  in  chemistry. 

The  bottom  line  is  to  work  hard,  study  effectively,  and  use  the  tools  that  are 
available  to  you,  including  this  textbook.  We  want  to  help  you  learn  more  about 
the  world  of  chemistry  and  why  chemistry  is  the  central  science.  If  you  learn 

chemistry  well,  you  can  be  the  life  of  the  party,  impress  your  friends  and  par- 
ents, and  . . .  well,  also  pass  the  course  with  a  good  grade. 
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A  Student's  Guide 

to  Using  this  Text 

THE  FOLLOWING  PAGES  WALK  YOU  THROUGH  some  of  the  main  features  of  this  text  and  its 

integrated  media  components.  This  learning  system  was  designed  with  you,  the 

student,  in  mind.  We  hope  you  enjoy  your  study  of  chemistry — the  central  science. 

Building  a  Conceptual  Framework 
GIVE  IT  SOME  THOUGHT 

Why  is  the  choice  of  indicator  more  crucial  for  a  weak  acid-strong  base 
titration  than  for  a  strong  acid-strong  base  titration? 

VISUALIZING  CONCEPTS 

16.1  (a)  Identify  the  ffransted-Lowry  acid  and  the  Brensted- 
Lowry  base  in  the  following  reaction: 

1 1 9  N  9 \ 

(b)  Identify  the  Lewis  acid  and  the  l  ewis  base  in  the 
reaction.  [Sections  16.2 and  16.11] 

16.2  The  following  diagrams  represent  aqueous  solutions  of 
 two  monoprotic  acids,  1 1 A  (  A  =  X  or  V  )     I  he  water 

MM  SAMPLE  EXERCISE  3.13  j  Calculating  an  Empirical  Formula 
Ascorbic  acid  (vitamin  C)  contains  40.92%  C,  4.58"i,  H,  and  54.50%  O  by  mass.  What  is  the  empirical  formula  o 
Solution 
Analyze:  We  are  to  determine  an  empirical  formula  of  .i  compound  tmm  the  mass  percentages  of  its  elements 
Plan:  The  strategy  fur  determining  tlx-  empirical  formula  involves  the  three  steps  given  in  Figure  3  1 1 
Solve:  We  fir^l  assume,  for  simplici- 

ty, that  we  have  exactly  100  g  of  ma- terial (although  anv  mass  can  be 
used).  In  11)0  g  of  ascorbic  acid,  we 

"Whaf  S  Ahead"  Sections  At  the  beginning  of  each  chapter,  reading 
the  "What's  Ahead"  sections  will  give  you  a  sense  of  direction  for 
studying  the  chapter  and  help  you  to  recognize  key  ideas  and 
relationships  of  the  topics  within  the  chapter. 

"Give  It  Some  Thought"  Questions  These  new,  informal,  rather  sharply 
focused  questions  will  give  you  opportunities  to  test  whether  you  are 

actually  "getting  it"  as  you  study  the  material.  Give  these  questions 
some  real  thought  before  you  check  your  responses  against  the  an- 

swers at  the  back  of  the  book. 

Visualizing  Concepts"  Exercises  Just  before  the  end-of-chapter 
exercises,  there  are  new  Visualizing  Concepts  exercises  that  ask  you 
to  consider  concepts  through  the  use  of  models,  graphs,  and  other 
visual  materials.  These  exercises  will  help  you  develop  a  conceptual 

understanding  of  the  key  ideas  in  the  chapter.  There  are  additional 

conceptual  exercises  among  the  end-of-chapter  exercises. 

Problem  Solving 

Learning  effective  problem-solving 
skills  is  one  of  your  most  important 
goals  in  this  course.  To  help  you  solve 

problems  with  confidence,  the  text  inte- 
grates problem-solving  pedagogy. 

Second,  we  calculate  the  numb, 
moles  ol  each  element: 

40.92  g  C,  4.58  g  If,  and  54.SII  gO. 
MolesC  =  (40.92  «C(— ̂  

/   1  mol  H  1 
\1 

olesO  =  (54.50 -"- °  )  =  3.406 mol O 8    \  16.00  %&) 

Third,  we  determine  the  simplest 
whole-number  ratio  of  moles  by  di- 

viding ejih  number  ot  moles  by  the 
smallest  number  ot  moles,  1  406 
Ine ratio foi  II  istoofai  from  I  toat- 
tribute  the  difference  to  experimen- 

tal error,  in  (.lit.  it  is  quite  close  to 
1  \.  This  suggests  that  il  we  multiply 
the  ratio  by  3,  we  will  obtain  whole 
numbers 
The  whole-number  mole  ratio  gives 
us  the  subscripts  lor  the  empirical formula: 

Check:  II  is  reassuring  thai  the  uba  ripls  are  moderately  sized  whole  numbers.  Otherwise,  we  have  little  by reasonableness  of  our  answer 

C:H:0  =  3(1  : 1.33: 1)  =  3:4:3 

C3H403 
■Inch  to  judge  thi 

mm  PRACTICE  EXERCISE 
A  5.325-fc  sample  of  methyl  benscoate,  a  compound  used  in  the  manufacture  of  perfumes,  is  found  to  contain  3.758  g  of  carbon, 
ii  316  g  of  hydrogen,  and  1.251  Kui  oxygen  Whal  is  the  empirical  formula  ol  this  substance? Answer:  C4H4C) 

Worked  Solutions  demonstrate  the  strat- 

egy and  thought  process  involved  in 
solving  each  exercise. 

Analyze/Plan/Solve/Check  Theme  pro 
vides  a  consistent  framework  for  helping 

you  to  understand  what  you  are  being 
asked  to  solve,  to  plan  how  you  will 
solve  each  problem,  to  work  your  way 

through  the  solution,  and  to  check  to 
make  sure  that  your  answer  is  correct. 

Dual-Column  Problem-Solving  Strategies 
found  in  selected  Sample  Exercises 

provide  an  explanation  of  the  thought 

process  involved  in  each  step  of  a  mathe- 
matical calculation  to  give  you  a  concep- 

tual understanding  of  those  calculations. 



Practice  Exercises  include  answers  but  not  solu- 

tions, thereby  giving  you  the  opportunity  to  test 
your  knowledge  and  get  instant  feedback. 

Strategies  in  Chemistry  Strategies  in  Chemistry 
boxes  teach  you  ways  to  analyze  information 

and  organize  thoughts,  helping  to  improve  your 

problem-solving  and  critical-thinking  abilities. 

End-of- Chapter  Exercises 

•  Visualizing  Concepts  exercises,  identified  by 
the  relevant  chapter  section  number,  help  to 

build  a  conceptual  understanding  of  the  chap- 
ter as  a  whole. 

STRATEGIES  IN  CHEMISTRY  !  Using  Enthalpy  as  a  Guide 

hold  .1  brie  k  m  the  an  and  k'l  it  go,  il  mil  l. .11 .is  [h 
ol  gravit)  pulls  il  toward  Earth   \  process  tli.it nlvn.iniu.ilh  U 
is   ed  a  s, 

.  can  hi'  either  I 
to  happen,  such  as  . 

,  Speed  I-  not  the 

I  nthalp)  i 

pontancitv  ot  r. 
or  example,  tht 

,  not  th. 
,  howev  ei 
I.Ol/l  Ml 
Is  ,'IHlntlHTIlll, 

Man)  chemical  process 
vorcd,  or  spontaneous,  loo  lit  'spontaneous,  i lli.il  tin-  reaction  mil  form  products  without  an; 
lli.it  can  In-  the  case,  but  often  someenergv  mu 
to  get  tin  process  started  I  In-  enthalp>  chang. 
gives  oni-  indication  as  to  whether  n  is  likelv no.ns  Hi,-  combustion  ot  H3(e)  .mil  0>(j(),  foi 
highlj  exothermit  process 

tempi 
■  prin 

s  the ■  tin-  Ire. 

t  be  impart. 

1 1 

H.O(e] 

Ml 

211  M 

temperatures  bekm  n  l  rhus.  i.rki peratuR'  mil  molt  and  tb.it  water  pu 
u  ill  linn  jn&lcv  both  . .t  these  process 
different  conditions  even  though  t!..'\  arethe  rei  erne  ot ... othei  InChaptei  1°  we  will  address  tin  spontaneity  ot  pn 
.■s  more  l. .IK  l\.'  «  .11  see  m  In  ..  process  can  he  sponlanci 
..in  temperature  but  not  ..t  another.  .s  .s  the  vase  to.  Ihi .ili ,  th, 

olumc 
I  igure 

rapidh  tr.n 

I  lydrogen  gas  and  oxygen  gas  can  i 
indefinitelj  «  ill..,.. I  noticeable  read s  14(a).  Once  initiated,  however,  em 
from  tin  s\  stem  (tin  reactants]  to  th 
action  proceeds,  large  amounts  of  heal  are  released,  which 
greatly  increases  thv  temperature  ol  the  reactants  and  the  prod- 

ucts lb.-  system  then  loses  enthalpx  b>  transferring  tin  heat 

\s  the 

I  Respite  these  complicating  factors,  however,  vou  shoul 
attention  to  the  enthalpy  .  Iianges  in  ion  lions  As  ■  >  gene 
bservation,  when  tin-  enthalpi  change  .s  large,  it  is  tli 
mi. ml  factoi  in  determining  spontaneity  I  bus,  reactioi 
which  Ml  is  large  and  mx»'«i' tend  to In  spontaneous  Ri .ns  i...  u  bub  Ml  is  large  and  (Hisi/iiv  tend  to  be  spont. 
us  onl;  .n  tin  reverse  direction  rhere  are  ..  ilumlxvi  . 
s  in  i\  bub  tin  enthalpv  ..t  ,i  reaction  can  In  estimates 

tin 

•  The  next  section  of  exercises  is  grouped  by 
topic.  They  are  presented  in  matched  pairs, 

giving  you  multiple  opportunities  to  test  each  con- 
cept. Additional  Exercises  follow  the  paired  exercises 

and  are  not  categorized,  because  many  of  these  ex- 
ercises draw  on  multiple  concepts  from  within  the 

chapter. 

•  Integrative  Exercises,  which  are  included  among  the 

exercises  at  the  end  of  Chapters  3-25,  connect  con- 

cepts from  the  current  chapter  with  those  from  pre- 
vious chapters.  These  exercises  will  help  you  gain  a 

deeper  understanding  of  how  chemistry  fits  together. 
In  addition,  they  serve  as  an  overall  review  of  key  concepts. 

o 
,1  lb, 

  I. 

— s 

H  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 
Boron,  atomic  number  5,  occurs  naturall)  as  two  isotopes,  B  and  B,  with  natural 
abundances  of  19  L>".,  and  80.1%,  respective!}  (a)  In  what  ways  do  the  two  isotopes 
differ  from  each  other?  Duos  the  electronic  configuration  ot  "B  differ  from  th.it  ol 
"B?  (b)  Draw  the  orbital  diagram  for  ,m  atom  ol  "B  Which  electrons  are  the  \  .i- 
lence  electrons?  (c)  Indicate  three  major  ways  in  which  the  Is  electrons  in  boron  iht- fer  from  the  2s  electrons  in  the  atom  (d)  Elemental  boron  reacts  with  fluorine  to 
form  HI  i,  ,i  gas.  Write  a  balanced  chemical  equation  for  the  reaction  ol  solid  boron 
with  fluorine  gas.  (e)  AH,  for  BFj(g)  is  I  I  35.6  M  mol  1  Calculate  the  standard  en- 

thalpy change  in  tin-  reaction  ol  boron  with  fluorine  If)  When  BCI5,  also  .1  o,,is  .it 
100m  temperature,  comes  into  contact  with  water,  the  tw  o  react  to  form  hydrochlo- 
ri(  ,k  iif  .mil  horn  acid,  1 1  jB(  y ,  ,1  very  weak  acid  in  water.  Write  .1  balanced  net  ionic 
equation  for  this  reaction. 
Solution  (a)  [  he  two  nuclides  of  boron  differ  in  the  number  ot  neutrons  in  the  nu- 

cleus. Each  ot  the  nuclides  contains  live  pinions,  but  B 
contains  live  neutrons,  whereas  1 1 B  contains  six  neutrons.  I  he  two  isotopes  ot  boron 
have  identical  electron  configurations,  ls22s-2j>  ,  because  each  has  liv  e  electrons 

(b)  The  complete  orbital  diagram  is 

eMEDIA  EXERCISES 

These  exercises  make  use  nt  tin  interacth  e  objects  .n  ailable  on- 
line 111  OneKe)  or  the  Companion  Website,  and  on  your  Accel- erator CD  Access  to  these  resources  comes  in  vour  MediaPak 

6.105  Hie  Electromagnetic  Spectrum  activity  ('■  1 1  allows  you 
to  choose  a  color  in  the  visible  spectrum  anil  see  its 
wavelength,    frequency,    and    energj    per    pin. ton 
lal  What  is  the  wavelength  range  of  blue  light?  Ibl  Whal 
.in  tin-  ranges  ot  its  frequency  and  energ)  pel  photon' 
(c)  Exercise  h  2S  indicates  tb.it  .1  type  of  sunburn  is 
caused  by  lighl  with  wavelength    525 nm  Would  you 
expect  any  ot  the  \  isible  wa\  elengths  to  cause  sunburn1 I  xplain 

.  Kli.  In  lb.-  I  lame  lists  tin  Metals  mo\  ..■  16  l|  tin  charai 
trust.,  coloi  ol  tin-  11,11111  is  produced  In  emissions  .11 
several  visible  wavelengths,  with  the  most  intense 
spectral  Inns  dominating  the  color  For  instance,  the 
most  ...I. '.is,-  visible  bin's  in  the  spectrum  ol  lithium ill  ,,l     1,71  nm  (at  Whal 
length?  (hi  \i  whal  appici 

•  The  Sample  Integrative  Exercise  at  the  end  of 
the  chapter  shows  you  how  to  analyze  and 
solve  problems  that  encompass  more  than  one 
concept. 

.  light  ..I 

!" 

itru 
1  III  li.i 

I  be  possibl, 

•  Answers  are  provided  in  the  back  of  the  book  for  red- 
numbered  exercises.  More  challenging  exercises  are  indi- 

cated by  brackets  around  the  exercise  number. 

•  eMedia  Exercises  are  answered  by  using  the  movies  and 

simulations  indicated  in  the  margins  by  the  eMedia  Ac- 
tivity icon  and  available  in  the  student  MediaPak.  These 

questions  foster  your  understanding  through  visual  and 
interactive  learning  styles. 

•  eEaboratory  Exercises  are  answered  using  the  Virtual 
ChemLab  software  in  your  student  MediaPak.  These  are 
chemistry  questions  posed  in  a  simulated  laboratory 
setting. 
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Visualization 

One  of  the  challenges  facing  you  in  general  chemistry  is  the  often  abstract  na- 
ture of  the  subject.  First,  chemistry  relies  on  a  symbolic  language  based  on 

chemical  formulas  and  chemical -equations.  Second,  chemistry  is  based  on  the 
behavior  of  molecules  and  atoms — particles  far  too  small  to  sue. 

This  text  has  been  designed  expressly  to  help  you  better  visualize  the 
chemistry  you  need  to  learn  and  thus  help  you  to  succeed  in  your  course. 
Spend  time  with  tine  illustrations  in 

the  text —  they'll  help  you  understand 
the  chemistry  concepts  being 
discussed. 

Multi-FocUS  Graphics  Scientists  see 
chemical  concepts  from  a  multitude 

of  perspectives.  Concepts  in  the  text 
that  require  a  mental  picture  of 
different  representations  are  presented 

through  new  Multi-Focus  graphics.  In 
addition  to  a  textual  statement  of  key 

information,  these  new  graphics  in- 
clude a  representation  from  a 

variety  of  perspectives,  including 
macroscopic,  microscopic,  symbolic, 
and  conceptual. 

A  catalyst  tltat  is  pri 
HOMOGENEOUS  CATALYSIS 

enl  in  the  same  phase  a-,  the  rem  ting  mohrulo  i>  a  homogeneous  catalyst.  I 

In  the  absence  ol  a  catalyst,  1 
H2O2H)  decomposes  verj 

Nhorth  .liter  the  addition  ol  a  small 
amount  ol  N.iBrl.i.fi  to  H;0;|m)).  the 
solution  turns  brown  because  Br2  is 
generated  (Equation  14  30)  The buildup  of  Br;  leads  to  rapid  evolution 

of  Oj  according  to  Equation  14  31 

Alter  all  of  the  H;0:  has  decomposed, 
a  colorless  solution  of  NaBrdtal 

remains  Thus,  \'aBr  has  catalyzed  the 
reaction  even  though  it  is  not 
consumed  during  the  reaction. 

Molecular  Illustrations  Computer-generated  renditions  of  molecules  and  ma- 
terials provide  visual  representations  of  matter  at  the  atomic  level.  These 

drawings  help  you  visualize  molecules  in  three  dimensions  and  enhance  your 
understanding  of  molecular  architecture. 
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Applications 

Whv  is  chemistry  "the  central  science"? 
In  this  text  and  in  your  course,  you  will 
recognize  the  importance  of  chemistry  for 
your  major  areas  of  study  and  in  the 
world  around  you.  You  will  see  why 
chemistry  is  fundamental  to  understanding 
our  environment,  for  new  developments  in 

technology  and  in  our  society. 

CHEMISTRY  AND  1  111  I  How  Much  Perchlorate  Is  Too  Much? 

1950s  birth  NASA  ."i.l  d 
inn  pen  Morale,  Ml  I  ,1  IO 

Vcl .  ol  perchlnrale  loll  .11 ons  t it  the  1  nited  State 
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IK  impair  the  development  ol  fetuses  and  young  children 
.s\  es  er.  il  is  disputed  whether  tin-  amounts  found  in  dunk 

uffic  ienll)  high  to  cause  health  problems  I  he 
nvironmental  Protection  Agenc)  lias  proposed  a  recom- 

mended limit  of  I  pph  in  drinking  water.  Tins  figure  is  s  igor- 
usK  disputed  by  tin-  Pentagon  and  bj  industries  that  ha\e I. -in.  government  work  thai  involves  perchlorates  Hie) 
rgue  i.  ii  a  standard  limit  ol  2(X)  pph  which  would  likeli  ci 
mpt  most  contamination  from  cleanup  C  alifornia  has  scl  an 

safet)  level  ol  2  to  b  pph  and  has  ordered  water  sss- l  lo  exceed  411  ppb 

na  n  ill  I. 
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CHEMISTRY  AT  WORK  I  Coll  Phone  Town  R.int 

Cell  phone  towers  increasingly  dot  both  nn.il  and  urban 
landscapes  II  igure  12.8 ▼), yet  il  .an  be  diffu  ult  lo  main 

t.nn  contact  with  a  low.-r  in  tin.  mutst  ot  a  telephone .  nnversa- 
tion  A  cell  phone  communicates  with  the  system  h\  receiving 
a  signal  from  the  tow  er's  transmitter  and  transmitting  signals 
back  to  it  Although  the  tower's  transmittei  ma)  he  quite powerful,  the  .ell  phone  has  very  limited  power  As  the  dis- 

tance from  the  tower  in<  reases  or  inters  ening  structures  intei 

thereto 
elei  Ironic  signals  Ih 

l-llM-OI  • the  higher  III. 
ith  clarity  lilt 

irper  the  filter,  the  higher me  channel  and  anothei  and 
blllt)  ol  dele,  ling  the  desired an    he   made   from   a  high- 

fere,  the  tell  phone  signal  become 
distinguished  from  general  electronic  no 

ITie  amplifiers  in  the  low  er  s  rei  en lers  that  discriminate  between  the  des 

eak   to  be 

clei  Iroi 
urning 

temperature  superconducting  oxide  that  when  cooled  belov 
lis  ;  provides  much  sharper  filtering  capabilities  than  con 
ventional  filler*  II)  incorporating  such  h Iters  in  the  tower  i. 
ceivers,  communications  companies  can  extend  tin1  range  c the  towei  b)  up  lo  a  factor  ot  2.  «  hi.  h  saves  construction  .  osl 
and  impro.es  the  reliability  ol  communication 

Superconducting  technology  is  now  being  deployed  i 
If    simi  boxes  lo.at.-d  111  .ell  phone  has,-  stations  (the  lltll building.it  the  t  ..t  the  lower)  I  he  filters  are  formed  from 
ceramic  uxide.  typically  YH.I..CU.O  or  1 1  Ha  .(  a(  u  .Os  Ih 
requisite  cooling  is  provided  by  a  mechanical  cooling  devici 
w  hi.  h  is  a  small  telr  I  gelation  unit  .  a  pa  hie  ot  cooling  the  fllte 
below  its  /  (I  igure  12  "  Ti 

Chemistry  and  Life  and  Chemistry  at  Work 

Chemistry  and  Life  and  Chemistry  at 

Work  essays  emphasize  chemistry's connection  to  world  events,  scientific 

discoveries,  and  medical  breakthroughs. 
Your  instructor  may  ask  you  to  read  these 

boxes  or  you  may  just  want  to  read  them 

on  your  own.  They'll  show  you  a  new  way 
of  looking  at  the  world  around  you. 

A  Figure  12.8  Wireless 
(here,  disguised  as  a  tree)  end 

tower,  rowers  like  this 
A  Figure  12.9 superconducting  f 
object  lo  the  left  is at  a  temperature  be 

A  Closer  Look  A  Closer  Look  essays  sup- 
plement the  chapter  material  bv  covering 

high-interest  topics  in  more  detail. 

Probability  Density,  and  Radial  Probability  I  unctions 

]    he  quantum  me.  hank  a  I  des.  ription  ot  the  h\  drogen  atom 
I    requires  that  we  talk  aboul  the  position  ot  the  electron  in 

the  alum  ill  a  somewhat  iiiilamill.il  was    In  .  I.lssical  phySICS, 
we  can  exactly  pinpoint  the  position  and  velocity  of  an  orbiting 
object,  such  as  a  planet  orbiting  a  star  Under  quantum  me- 
i  ha  111.  s,  however,  we  must  describe  the  position  ol  the  election 
iii  the  hydrogen  atom  in  terms  ol  probabilities  rather  than  an 
exact  I...  at  ion   an  exact  answei  w  .mid  s  iolate  the  uncertainty 
prim  iple,  w  hi.  h  we  has  e  seen  he.  omes  important  w  hen  con- 

sidering subatomic  particles  Ihe  information  we  need  about 
the  probabilit)  ot  finding  the  elec  tron  is ,  ontained  in  the  wave 
functions,  t/r,  thai  are  obtained  when  Sc  hrodinger's  equation  is solved  Remembci  that  there  are  an  infinite  number  ol  wave 
inn.  lions  (orbitals)  lor  the  hydrogen  atom,  but  the  electron  can 
occup)  onl)  one  ..I  them  at  anv  given  time  Here  we  will  .lis 
.  iiss  briefl)  how  we.. in  us.-  the  orbitals  lo  obtain  radial  proba- 

bilit) tun.  lions,  sin  h  as  those  in  I  igure  I.  Ih 
Iii  Section  d  5  we  stated  thai  the  square  ol  the  wave  func- 
tion, ili2.  gnes  ihe  probabilit)  thai  Ihe  electron  is  at  am  .me 

gneli  point  ill  spa..-    re., ill  lh.it  this  quantit)  is  . ailed  the 
probability  cfc'iis/fu  for  the  point  I  or  a  spheric. ilk  symmetric  s 
orbital,  Hie  value  ol  depends  onl)  on  ihe  distance  from  Ihe 
mi.  lens,  i  Let's  consider  a  straight  line  outward  from  the  nu- cleus, as  shown  in  Figurcn.20V.  Ihe  probabilit)  ol  finding 
the  ele.  lion  al  distance  '  ho 111  Ihe  nucleus  along  thai  line  is 

bitalsof  the  lis  drogen  aloi 

ill  noli. h  u  i I)  dill. .rent  from  Hie  radial  probability,  functions  plotted  in 
1  igure  b  18   rhese  two  types  ot  plots  fol  the  -  orbitals  are 
i  in  .  losely  related  hut  thes  |        n  le   wha!  dttf. 
lorn, alio, ,  rhe  probability  density,  •  ' .  .  tells  us  the  prob 
abilit)  ol  finding  tin-  ele.  trim  at  a      ifti  point  in  spai  .■  thai i,  al  del. in,  e  I  h        Ihe  mi.  leie    I  In  radial  piohal   u 
lion,  «  In.  h  we  mil  denote  "I  i   I    tin  prol 
finding  the  electron  at  am/  point  thai  is  distance  i  Irom  the in.  I,  us     ii   ..li..  i      ..i.l     lo  el 
the  probabilities  of  finding  ihe  .-le.  Iron  over  all  Ihe  points  at distance  >  from  the  mi.  leus  I  he  difference  between  these  de 

.  hi 

A  sphe ol  radii A  point  al 
distance  i 
from  the nucleus 

A  Figure  6.20   Probability  at  a  point.  Ihe  probability  density,  '(f) 
gives  the  probability  that  the  election  will  be  found  al  o  specific  point  at 
distance  r  ftom  the  nucleus  Ihe  iddial  probability  lunction,  4T7r2.,'.(r)J,  gives the  probability  that  the  election  will  be  lound  at  any  point  distance  r  from  the 
nucleus-in  olhei  wocds,  at  any  prnnl  mi  Ihe  sphete  ot  tadius  r 

us  w  iih  a  pie.  is,-  was  lo connei  I  them 
■ii"  e  2ll  ih.  ...II..  ii  I  i  ii   .ii  di 

lame  i  from  the  mi.  leus  is  simpl)  a  sphere  "I  radius  i  Ihe 
probability  density  at  every  point  on  that  sphere  is  i//(i|  lo ...Id  up  all  ot  ihe  Hide  idual  probability  densities  requires  ihe 
use  .. I  calculus  and  is  beyond  Ihe  scope  nl  ihe  lexl  (in  Ihe  l.m 
guage  ol  calculus  "we  integrate  ihe  probabilit)  densits  nsei 
the  surface  of  the-  sphere'  i  Ihe  result  we  obtain  is  ,.,m  lode 
sirihe,  howevei  Ihe  radial  probabilit)  lun.  ti.  i  distance,  i 
P(r),  is  simpl;  the  probabilit)  densits  at  .let, in..-  •  *(i| multiplied  b)  the  sill  I.l.  e  .Ilea  ol  Ihe  sphere  which  is  given  bs 

Ihe  lo, inula  -I-,-' 

.1  ,', 

in.  re.ise.  rapidh  .,.  .  .    n 
the  two  sets  ..I  plots  look  ceil  dlllen 
..I  ,y.(r|  '  I..,  the  '.  .nl"!  ,1  dig  in 
in.,,  gen,  rails  g,  t-  .mallei  Ih.  la  l 
Hut  when  we  niulliph  In   I-.     ...    .  .  p.  ak    ■!  larger 
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Resources  and  How 

They  Can  Help  You 

Instructors  and  students  engage  in  a 
multitude  of  activities  in  the  course  of 

teaching  and  of  learning  general  chem- 
istry. Prentice  Hall  understands  the  chal- 

lenges invok  ed  in  each  of  these  steps 

and  has  provided  a  w  ide  spectrum  of  re- 
sources that  are  specifically  designed  to 

help  solve  those  problems.  The  flow- 
chart below  outlines  the  resources  that 

are  av  ailable,  based  on  events  that  occur 

throughout  the  course.  Following  the 
flowchart  is  a  list  of  these  resources  with 

descriptions.  As  always,  you  may  con- 
tact your  Prentice  Hall  representativ  e  for 

help  determining  the  best  solution  for 

your  needs. 

INSTRUCTOR 

Prepare  your  lecture  -  The  Instructor's 
Resource  Center  (IRC)  on  CD/DVD  contains 

lecture  outlines  from  the  Instructor's 
Resource  Manual,  pre-built  PowerPoint  lec- 

ture presentations,  and  a  searchable  library 

of  all  images  from  the  textbook  and  all  inter- 
active animations,  manipulate  molecules, 

and  movies  for  you  to  incorporate  in  your 
lecture. 

Prepare  your  students  -  Help  students  pre- 

pare for  the  lecture  by  assigning  a  pre-lecture 
reading  comprehension  assignment  using  PH 

CradeAssist  or  our  OneKey  course  manage- 
ment tools. 

Illustrate  concepts  in  class  -  Using  the  art- 

only  version,  or  adapting  our  pre-built  lecture 

presentations  from  the  IRC,  you  can  take  ad- 

vantage of  the  high-quality  art  and  lecture 
guidelines  from  the  book.  Use  our  dynamic 
animations  of  microscopic  processes,  our 

video  clips  of  difficult  demonstrations,  our 

3-D  molecular  models,  and  the  "what-if" 
power  of  our  simulations  to  explain  concepts 
engagingly. 

Interact  in  class  -  Our  support  for  Class- 
room Response  Systems  (CR5),  including 

hardware  discounts  from  our  two  CRS  part- 

ners and  "clicker"  questions,  lets  you  poll  stu- 
dents in  class  and  collect  their  responses 

quickly  and  anonymously.  You  can  quickly 
determine  what  misconceptions  are  tripping 

up  your  students,  and  you  will  engage  them 

as  they  discuss  the  answers  to  questions  care- 
fully designed  for  response  systems. 

Prepare Lecture 

STUDENT Read  -  Prepare  for  lecture  by  reading  the 
chapter  in  the  Textbook,  whether  you 

purchase  the  print  version  or  the  online 
WebBook  version. 

Focus  -  If  you  elected  to  purchase  the  Web- 
Book,  use  the  diagnostic  Custom  Study  Plan 

to  determine  where  you  are  weak  and  what 

readings  in  the  textbook  address  those  areas, 

or  use  the  practice  questions  on  the 

Companion  Website  with  CradeTracker  to 

check  whether  you  understand  the  basic  con- 
cepts before  the  lecture. 

Catch  up  -  The  Math  Toolkit  will  help  you 
brush  up  on  basic  math  skills,  so  that  you  can 

focus  on  understanding  the  chemistry. 

Follow  the  lecture  -  The  Lecture  Notebook 

contains  the  same  text  images  that  your  in- 
structor will  use  in  lecture,  allowing  you  to 

take  notes  quickly  and  efficiently.  All  of  the  in- 
teractive eMedia  assets  your  instructor  uses 

in  the  classroom  are  also  available  to  you  on 
the  Student  Accelerator  CD,  on  the 

Companion  Website  with  CradeTracker, 
and  in  OneKey 

Participate  in  lecture  -  Classroom  Response 

Systems  let  you  "click"  answers  to  questions 
posed  in  class,  letting  your  instructor  know 
on  the  fly  whether  you  have  misunderstood  a 
concept  or  are  confused.  Though  you  might 

discuss  the  questions  with  fellow  students, 

your  response  is  anonymous  and  not  shared 
with  your  peers. 
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Guide  student  learning  outside  of  class  - 
Assemble  practice  problem  sets  in  PH 

GradeAssist  or  OneKey  that  your  students 

can  work  repeatedly,  getting  instantaneous 

feedback  on  each  attempt  until  they  establish 

mastery.  You  may  elect  to  track  student 

progress  or  allow  them  work  on  their  own. 

Communicate  outside  of  class  -  Use 

OneKey  course  management  tools  to  hold 

virtual  office  hours,  to  set  up  online  study 

groups  for  your  students,  or  to  post  your  lec- 
ture notes  or  sample  quizzes  for  them. 

Prepare  for  lab  -  The  Virtual  ChemLob 
Workbook  is  a  realistic,  simulated  laboratory 

environment  where  students  can  get  a  feel 

for  what  to  expect  in  a  real  wet  lab,  or  con- 
duct experiments  that  are  not  included  in 

your  department's  lab  program.  Choose  a  lab 
sequence  -  Any  of  our  general  chemistry 
Lab  Manuals  has  a  wide  selection  of  careful- 

ly designed  laboratory  experiments  to  follow 
your  syllabus,  or  you  can  use  our  Catalyst 
system  to  select  exactly  the  experiments  you 

will  use  from  any  of  our  lab  manuals  and  cre- 
ate a  customized  lab  manual  for  your  course. 

Assign  homework  -  Use  PH  GradeAssist 
or  OneKey  course  management  to  assign 

homework  online  that  is  automatically  grad- 

ed, is  easily  configured,  and  stores  student 

scores  in  a  versatile  grade  book.  PH  GradeAs- 

sist question  banks  include  textbook  ques- 
tions, interactive  eMedia  questions,  and  other 

book-specific  questions.  You  can  randomize 
the  questions  so  that  each  student  receives  a 

slightly  different  assignment. 

Create  exams  -  Our  TestGen  test-creation 
software  lets  you  choose  questions  from  deep 

question  banks  and  format  them  flexibly  for 

printed  exams  or  for  online  delivery  in 

OneKey  course  management. 

Practice  &  Support Experiment Assess 

Practice  -  Test  your  understanding  by  work- 
ing through  practice  problems  that  provide 

instant  feedback  on  your  correct  and  incor- 
rect answers.  Repeat  these  assignments  until 

you  are  comfortable  with  the  material.  The 

Companion  Website  with  GradeTracker 

provides  practice  questions,  and  your  instruc- 

tor may  provide  additional  practice  assign- 
ments with  PH  GradeAssist  or  OneKey  that 

preview  homework  assignments  and  quizzes. 

If  you  are  using  the  WebBook,  the  Custom 

Study  Plan  will  tell  you  where  you  need  addi- 
tional practice. 

Get  help  -  The  Student  Study  Guide  pro- 

vides a  problem-oriented  aid  and  summary 
of  key  points  for  each  chapter.  The  Student 
Solutions  Manual  contains  detailed,  worked 

solutions  to  textbook  problems.  The  textbook 

eLaboratory  Exercises  and  the  Virtual  Chem- 

Lab  Workbook  contain  problems  in  a  simu- 
lated laboratory  setting  that  help  you  see 

how  textbook  examples  work  in  real  life.  If 

your  instructor  is  using  OneKey,  you  can 

work  in  virtual  study  groups  with  other  stu- 
dents in  your  class  or  ask  questions  of  your 

instructor,  anytime  and  anywhere. 

Prepare  for  lab  -  Optimize  your  valuable 
time  in  the  laboratory  by  knowing  what  to 

expect  when  you  arrive.  Use  the  Virtual 

ChemLab  Workbook  to  try  out  an  experi- 
ment identical  or  similar  to  the  experiment  in 

the  Lab  Manual 

Homework,  quizzes,  and  exams  -  Using  PH 
GradeAssist  or  OneKey,  your  instructor  can 

assign  homework  that  gives  you  instanta- 
neous feedback  on  how  you  are  doing,  gives 

you  another  try  to  improve  your  perfor- 
mance, and  gives  you  repeated  practice  with 

randomized  problems  to  help  you  prepare 

for  exams.  Keep  track  of  your  own  progress 

in  the  grade  book,  so  that  you  know  how  you 
are  doing  day  by  day. 
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List  of  Resources 

For  Students 

Student  MediaPak  (0-1 3-13445 1-X)  Every  copy  of  the  text 
comes  with  a  Student  MediaPak,  which  includes  access  to  the 

Companion  Website  with  GradeTracker  available  at 
http://chem.prenhall.com/brovvn,  the  Accelerator  CD,  and 
the  Virtual  ChenrLab  Workbook  and  CD. 

Student  MediaPak  for  OneKey  Assigned  by  an  instructor  who 

prefers  more  robust,  customizable  web  resources,  includes  ac- 
cess to  a  OneKey  course  and  access  to  the  PH  GradeAssist  on- 
line homework  system.  It  also  contains  the  Accelerator  CD 

and  the  Virtual  ChemLab  Workbook  and  CD. 

Accelerator  CD  serves  as  a  resource  of  media  animations  and 

movies  and  works  in  conjunction  with  PH  online  resources  to 

speed  up  download  and  interaction  with  the  media.  The  Ac- 
celerator CD  contains  all  the  same  movies,  animations,  simu- 

lations, and  3-D  molecular  models  found  on  the  Student 
MediaPak  websites. 

Virtual  ChemLab  Workbook  and  CD  contains  a  full  virtual  lab 

environment  as  well  as  the  pre-arranged  labs  that  are  refer- 
enced in  the  workbook  and  at  the  end  of  the  chapter  in  the 

textbook.  Virtual  ChemLab  can  be  run  directly  from  the  CD  or 

installed  on  the  student's  computer. 

WebBook,  a  complete,  electronic  version  of  the  textbook,  with 

a  diagnostic  studv-plan  quiz  and  embedded  interactive  ob- 
jects, that  also  supports  student  highlighting,  bookmarking, 

and  jotted  notes. 

Solutions  to  Red  Exercises  (0-13-146486-8)  Prepared  by  Roxy 
Wilson  of  University  of  Illinois-Urbana-Champaign.  Full  solu- 

tions to  all  of  the  red-numbered  exercises  in  the  text  are  pro- 
vided. (Short  answers  to  red  exercises  are  found  in  the 

appendix  of  the  text). 

Solutions  to  Black  Exercises  (0-13-146485-X)  Prepared  by  Roxy 
Wilson  ol  University  of  Illinois-Urbana-Champaign.  Full  solu- 

tions to  all  of  the  black-numbered  exercises  in  the  text  are 

provided. 

Student's  Guide  (0-13-146484-1)  Prepared  by  James  C.  Hill  of 
California  State  University.  This  book  assists  students  through 
the  text  material    ith  chapter  overviews,  learning  objectives, 
review  of  key  term     umulative  chapter  review  quizzes,  and 

self-tests.  Included       mswers  to  all  Student's  Guide  exercises. 

Chapter  summaries  i  e  correlated  to  those  in  the  Instructor's 
Resource  Manual. 

Math  Review  Toolkit  (0- 1 3-186052-6)  Prepared  by  ( larj  I  ongof 
Virginia  Polytechnic  Institute.  This  book  reinforces  the  skills  nec- 

essary to  succeed  in  chemistry  and  is  included  at  no  additional 

charge  if  ordered  in  a  package  with  the  text.  It  is  keyed  specifi- 
cally to  chapters  in  Chemistry:  The  Central  Science,  Tenth  Edition, 

and  includes  additional  mathematics  review,  problem-solving 
tools  and  examples,  and  a  section  on  writing  for  the  laboratory. 

Student  Lecture  Notebook  (0-13-146481-7)  This  lecture  notebook 

contains  the  art  from  the  text  with  note-taking  sections  to  obvi- 
ate the  need  for  students  to  spend  time  re-drawing  figures  in 

lecture  and  instead  lets  them  concentrate  on  taking  notes. 

Companion  Website  with  GradeTracker  contains  problems, 
movies,  animations,  and  hundreds  of  molecules  in  the  molec- 

ular gallery.  The  Companion  website  can  be  accessed  at 

http://chem.prenhall.com/brown. 

For  Instructors 

On  Qualified  Adoptions 

Annotated  Instructor's  Edition  (0-13-146489-2)  Prepared  by 
Linda  Brunauer  of  Santa  Clara  University.  This  special  instruc- 

tor's edition  prov  ides  marginal  notes  and  information  for  in- 
structors and  TAs,  including  Instructor  Resource  Center  icons, 

suggested  lecture  demonstrations,  teaching  tips,  and  back- 
ground references  from  the  chemical  education  literature  for 

key  topics. 

Full  Solutions  Manual  (0-13-146491-4)  Prepared  by  Roxy  Wilson 

of  University  of  Illinois-Urbana-Champaign.  This  full  solutions 
manual  contains  all  end-of-chapter  exercises  in  the  text.  With  an 

instructor's  permission,  this  manual  may  be  made  av  ailable  to 
students. 

OneKey's  online  course  management  content  is  all  you  need 
to  plan  and  administer  your  course,  and  includes  the  best 
teaching  and  learning  resources  all  in  one  place.  Conveniently 
organized  by  textbook  chapter,  these  compiled  resources  help 
you  save  time  and  help  your  students  reinforce  and  apply  what 
thev  have  learned  in  class.  Available  resources  include  Summa- 

ry with  Key  Terms,  Tools,  Research  Navigator  web  research 
center,  Math  Toolkit,  and  media-enriched  WebBook  sections  to 
reference  while  solving  problems.  Assessment  content  includes 
Practice  Problems,  Current  Topics,  MCAT  Practice  Questions, 

and  the  Test  Item  File,  plus  access  to  the  PH  GradeAssist  online 

homework  system.  Resources  from  the  Instructor's  Resource 
Center  on  CD/DVD  are  also  included.  OneKey  is  available  for 
institutions  using  WebCT  or  Blackboard,  and  is  also  available  in 

our  nationally  hosted  CourseCompass  course  management  sys- 
tem. If  desired,  WebCT  and  Blackboard  cartridges  containing 

only  the  Test  Item  File  are  also  av  ailable  for  download.  Visit 

http://cms.prenhall.com  for  details. 
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PH  CradeAssist  online  homework  system  that  allow  s  stm  ents 

unlimited  practice  with  problems  that  are  algorithmicall)  gen- 
erated and  media-enhanced.  Instructors  can  administer 

quizzes  and  assignments,  control  the  content  and  assignment 

parameters,  and  view  performance  statistics  with  the  built-in 
gradebook.  Many  questions  are  linked  to  individual  sections 
of  the  WebBook. 

Instructor's  Resource  Center  on  CD-DVD  (0-13-146487-6)  Pre- 
pared by  Linda  Brunauer  of  Santa  Clara  University  and  Karen 

Wiechelman  of  The  Univ  ersity  of  Louisiana-Lafayette.  This 
lecture  resource  provides  a  fully  searchable  and  integrated 
collection  of  resources  to  help  you  make  efficient  and  effective 
use  of  your  lecture  preparation  time,  as  well  as  to  enhance 

your  classroom  presentations  and  assessment  efforts.  This  re- 
source features  almost  all  the  art  from  the  text,  including  ta- 

bles; two  pre-built  PowerPoint™  presentations;  PDF  files  of 
the  art  for  high-resolution  printing;  all  interactive  and  dynam- 

ic media  objects  from  the  student  MediaPak;  the  Instructor's 
Resource  Manual  WordINI  files,  and  a  set  of  "clicker"  questions 
for  use  with  Classroom  Response  Svstems.  I  his  CD  also  fea- 

tures a  search-engine  tool  that  enables  you  find  relevant  re- 
sources via  key  terms,  learning  objectives,  figure  numbers, 

and  resource  type  (e.g.,  simulations).  I  his  CD/DVD  set  also 

contains  TestGen  test-generation  software  and  a  TestCen  ver- 
sion of  the  Test  Item  File  that  enables  professors  to  create  and 

tailor  exams  to  their  needs,  or  to  create  online  quizzes  for  de- 
livery in  WebCT,  Blackboard,  or  CourseCompass. 

Classroom  Response  Systems  and  Questions 

Prepared  by  Dr.  Donna  Narsavage-I  leald  of  Siena  College  and 
Troy  Wood  of  the  University  of  Buffalo.  We  offer  a  variety  of 
options  for  Classroom  Response  Systems  (CRS),  including 

hardware  discounts  and  textbook-specific  "clicker"  questions. 
Please  contact  your  PH  representative  tor  more  information. 

Test  Item  File  (0-13-146496-5)  Prepared  by  Joseph  PL  aurino 
and  Donald  Cannon,  both  of  the  University  of  Tampa.  The 
Test  Item  File  now  provides  a  selection  of  more  than  4000  test 
questions. 

Instructor's  Resource  Manual  (0-13-146495-7)  Prepared  by 
Linda  Brunauer  of  Santa  Clara  University  and  Karen  Wiechel- 

man of  The  University  of  Louisiana-Lafavette.  This  useful 
guide  describes  all  the  different  resources  available  to  instruc- 

tors and  shows  how  to  integrate  them  into  your  course.  Orga- 
nized by  chapter,  this  manual  otters  detailed  lecture  outlines 

and  complete  descriptions  of  all  available  lecture  demonstra- 
tions, the  interactive  media  assets,  common  student  miscon- 

ceptions, and  much  more. 

Transparencies  (0-13-146490-6)  t  )\  er  500  lull-color  trans 
cies  chosen  from  the  text  put  principles  into  visual  perspectiv  e 
and  save  you  time  when  preparing  lectures. 

Laboratory  Experiments  (0-13-146479-5)  Prepared  b\  |ohn  II. 
Nelson  and  Kenneth  C.  Kemp,  both  of  The  Universit)  of 
Nevada.  This  manual  contains  43  finely  tuned  experiments 

chosen  to  introduce  students  to  basic  lab  techniques  and  to  il- 
lustrate core  chemical  principles.  Pre-lab  questions  and  post- 

lab  questions  have  been  revised  and  include  detachable  report 
sheets.  Safetv  and  disposal  information  has  been  expanded 

and  includes  waste  management  information.  This  new  edi- 
tion has  been  revised  to  correlate  more  tightly  with  the  text 

Annotated  Instructor's  Edition  to  Laboratory  Experiments 
(0-13-146488-4)  Prepared  by  John  H.  Nelson  and  Kenneth  C. 
Kemp,  both  of  The  University  of  Nevada.  This  A1F  combines 
the  full  student  lab  manual  with  front  and  back  appendices 

covering  the  proper  disposal  of  chemical  waste,  safetv  instruc- 
tions for  the  lab,  descriptions  of  standard  lab  equipment  and 

materials,  answers  to  questions,  and  more.  This  laboratory 

book,  as  well  as  a  wealth  of  other  Prentice  Hall  lab  experi- 
ments, are  available  in  a  fully  customizable  format.  Catalyst 

allows  you  to  view,  select,  and  organize  lab  experiments  from 

all  ol  our  lab  offerings,  and  add  your  own  content  as  w  ell. 
Visit  http://wvvw.prenhall.com/catalvst  or  contact  your 
Prentice  Hall  representative  tor  more  information. 

WebAssign  is  a  Prentice  Hall  partner  online  homework 

system.  For  information  on  this  system,  contact  your  I'l  I 
representative. 

Options  tor  Ordering 

Text  or  WebBook  with  Student  MediaPak  The  MediaPak 

comes  with  every  new  copy  of  the  text,  and  contains  all  the 
digital  resources  that  students  will  need,  including  access  to 

the  Companion  Website  with  GradeTracker,  Student  Accelera- 
tor CD,  and  the  Virtual  ChemLab  Workbook  and  CD. 

Text  or  WebBook  with  MediaPak  for  OneKey.  This  MediaPak 

requires  selection  by  instructors  and  includes  the  Student 
Accelerator  CD,  the  Virtual  ChemLab  Workbook  and  C  I ), 

as  well  as  a  OneKey  and  PHGradeAssist  Access  L  ode. 
OneKey  with  PHGradeAssist  is  av  ailable  in  WehC  I 
(0-13-168632-1),  Blackboard  (0-13-168633-X),  and 
CourseCompass  (0- 1 3-168635-6). 

xxxix 





About  the  Authors 

THEODORE  L.  BROWN  receh  ed  Ins 

Ph.D.  from  Michigan  State  University  in 
1956.  Since  then,  he  has  been  a  member 

of  the  faculty  of  the  University  of  Illinois, 
Urbana-Champaign,  where  he  is  now 
Professor  of  Chemistry,  Emeritus.  I  le 
served  as  Vice  Chancellor  for  Research, 

and  Dean,  The  Graduate  College,  from 
W80  to  1986,  and  as  Founding  Director 
of  the  Arnold  and  Mabel  Beckman  Insti- 

tute for  Advanced  Science  and  Technolo- 
gy from  1987  to  1993.  Professor  Brown 

has  been  an  Alfred  P.  Sloan  Foundation 
Research  Fellow  and  has  been  awarded  a 

Guggenheim  Fellowship.  In  P»72  he  was 
awarded  the  American  Chemical  Society 

Award  for  Research  in  Inorganic  Chem- 
istry, and  received  the  American  Chemi- 

cal Society  Award  for  Distinguished 
Service  in  the  Advancement  of  Inorganic 
Chemistry  in  1993.  He  has  been  elected  a 
Fellow  of  both  the  American  Association 
for  the  Advancement  of  Science  and  the 
American  Academy  of  Arts  and  Sciences. 

H.  EUGENE  LEMAY,  JR.  ,  received  his 

B.S.  degree  in  Chemistry  from  Pacific 
Lutheran  University  (Washington)  and 
his  Ph.D.  in  Chemistry  in  1966  from  the 
University  of  Illinois  (Urbana).  He  then 

joined  the  faculty  of  the  University  of 
Nevada,  Reno,  where  he  is  currently 
Professor  of  Chemistry,  Emeritus.  He 
has  enjoyed  Visiting  Professorships  at 
the  University  of  North  Carolina  at 
Chapel  Hill,  at  the  University  College  of 
Wales  in  Great  Britain,  and  at  the  Uni- 

versity of  California,  Los  Angeles.  Pro- 
fessor LeMav  is  a  popular  and  effective 

teacher,  who  has  taught  thousands  of 
students  during  more  than  35  years  of 
univ  ersity  teaching.  Know  n  for  the  clar- 

ity of  his  lectures  and  his  sense  of 

humor,  he  has  received  several  teaching 

awards,  including  the  University  Dis- 
tinguished Teacher  of  the  Year  Award 

(1991)  and  the  first  Regents'  Teaching 
Award  given  by  the  State  of  Nevada 
Board  of  Regents  (  1 997). 

BRUCE  E.  BURSTEN  received  his 
Pli.l).  m  (  hemistry  from  the  University 

ot  Wisconsin  in  1L'7S.  .Alter  two  years  as 
a  National  Science  Foundation  Postdoc- 

toral Fellow  at  Texas  A&M  University, 

he  joined  the  faculty  ot  I  he  Ohio  State 
University,  where  he  is  currently  Distin- 

guished University  Professor.  Professor 
Bursten  has  been  a  Camille  and  I  lenrv 

Dreyfus  I  oundation  reacher-Scholar 
and  an  Alfred  P.  Sloan  Foundation  Re- 

search Fellow,  and  he  has  been  elected  a 
Fellow  of  the  American  Association  for 
the  Advancement  of  Science.  At  Ohio 

State  he  has  received  the  University  Dis- 
tinguished Teaching  Award  in  1982  and 

1996,  the  Arts  and  Sciences  Student 
Council  Outstanding  Teaching  Award  in 
1984,  and  the  University  Distinguished 
Scholar  Award  in  1990.  In  addition  to  his 

teaching  activities,  Professor  Bursten's 
research  program  focuses  on  com- 

pounds ot  the  transition-metal  and  ac- 
tinide  elements. 

Contributing  Author 

CATHERINE  J.  MURPHY  received  two  B.S.  degrees,  one  in  Chemistry  and  one  in  Biochemistry,  from  the 

University  of  Illinois,  Urbana-Champaign,  in  1 486.  She  receiv  ed  her  Ph.] ).  in  C  hemistry  from  the  Universitv 
of  Wisconsin  in  1990.  She  was  a  National  Science  Foundation  and  National  Institutes  ol  I  lealth  Postdoctoral 

Fellow  at  the  California  Institute  of  Technology  from  1990  to  1993.  In  1993,  she  joined  the  fai  nllv  ol  the  Uni- 
versity of  South  Carolina,  Columbia,  where  she  is  currently  the  Guy  E  I  ipscomb  Professor  of  Chemistry. 

Professor  Murphy  has  been  honored  for  both  research  and  teaching  as  a  C  amille  Drev  Ins  reacher-Scholar, 
an  Alfred  P.  Sloan  Foundation  Research  Fellow,  a  Cottrell  Scholar  of  the  Research  Corporation,  a  National 
Science  Foundation  CAREER  Award  w  inner  and  a  subsequent  NSF  Award  for  Special  C  reativ  itv  she  has 
also  receiv  ed  a  USC  Mortar  Board  Excellence  in  leaching  .Award,  the  USC  Golden  Key  Faculty  Award  for 

Creative  Integration  of  Research  and  Undergraduate  Teaching,  the  USC  Michael  J.  Mungo  Undergraduate  le.u  hing  \w 

USC  Outstanding  Undergraduate  Research  Mentor  Award.  Professor  Murphy's  research  program  focuses  on  the  sv  n thesis  and  opti- 
cal properties  of  inorganic  nanomaterials,  and  on  the  local  structure  and  dynamics  ot  the  DNA  double  helix 

xli 



The  Study  of  Chemistry 

Classifications  of  Matter 

Properties  of  Matter 

1.4  Units  of  Measurement 

1.5  Uncertainty  in  Measurement 

1.6  Dimensional  Analysis 

WHAT'S  AHEAD 

•  We  begin  by  providing  a  very  brief 
perspective  of  what  chemistry  is 
about  and  why  it  is  useful  to  learn 
chemistry.  (Section  1.1) 

•  Next,  we  examine  some 
fundamental  ways  to  classify 
materials,  distinguishing  between 
pure  substances  and  mixtures  and 
noting  that  there  are  two 
fundamentally  different  kinds  of 
pure  substances:  elements  and 
compounds.  (Section  1.2) 

•  We  then  consider  some  of  the 
different  kinds  of 
characteristics, 

or  properties,  that  we  use  to 
characterize,  identify,  and 

separate  substances. 
(Section  1.3) 

•  Many  properties  relv  on 
quantitative  measurements, 
involving  both  numbers  and  units. 
The  units  of  measurement  used 

throughout  science  are 
those  of  the  metric 

system,  a  decimal 

system  of measurement. 

(Section  1.4) 
•  The  uncertainties  inherent  in 

all  measured  quantities  and  those 
obtained  from  calculations  involving 
measured  quantities  are  expressed 
by  the  number  of  significant  figures 
used  to  report  the  number. 
(Section  1.5) 

•  Units  as  well  as  numbers  are  carried 
through  calculations,  and  obtaining 
correct  units  for  the  result  of  a 
calculation  is  an  important  way  to 
check  whether  the  calculation  is 
correct.  (Section  1.6) 



Introduction: 

Matter  and 

Measurement 

HAVE  YOU  EVER  WONDERED  why  ice  melts  and  water  evap- 

orates? Why  leaves  turn  colors  in  the  fall  and  how  a 

battery  generates  electricity?  Why  keeping  foods 

cold  slows  their  spoilage  and  how  our  bodies 

use  food  to  maintain  life?  Chemistry  supplies 

answers   to   those  questions  and   countless  others   like  them. 
Chemistry  is  the  study  ot  the  properties  of  materials  and  the 

changes  that  materials  undergo.  One  of  the  joys  of  learning  chem- 
istry is  seeing  how  chemical  principles  operate  in  all  aspects  of 

our  lives,  from  everyday  activities  like  lighting  a  match  to  more 

tar-reaching  matters  like  the  development  of  drugs  to  cure 
cancer.  C  hemical  principles  also  operate  in  the  far  reaches  of 

our  galaxy  (chapter-opening  photo)  as  w  ell  as  both  within 
and  around  us. 

You  are  just  beginning  the  journey  ot  learning 
chemistry.  In  a  sense,  this  text  is  vour  guide  on  this 

journey.  Throughout  your  studies,  we  hope  that  you 
will  find  this  text  enjoyable  as  w  ell  as  educational. 

As  you  study,  keep  in  mind  that  the  chemical 
facts  and  concepts  you  are  asked  to  learn  are 
not  ends  m  themselves,  but  tools  to  help  you 
better  understand  the  world  around  you. 

This  first  chapter  lays  a  foundation  for  our 

studies  by   providing  an   overview  of 
m,      what  chemistry  is  about  and  dealing 
■k      with  some  fundamental  concepts  ol 

matter  and  m  lentific  measurements. 

The  list  to  the  left,  entitled  "What's 
Bk      Ahead,"  gives  a  brief  overview  ol 

some  ot  the  ideas  that  we  will  be 

o msklermg  m  this  chapter. 

HUBBLE  SPACE  TELESCOPE  IMAGE  of  the  Omega  Nebula,  which  resides  5,500  light-years  away  in  the  constellation 
Sagittarius.  Ultraviolet  radiation  from  young,  massive  stars  in  the  region  cause  atoms  to  emit  light.  Hydrogen,  the  simplest  and 
most  plentiful  element,  occurs  as  molecules  in  cool  regions,  as  atoms  in  hotter  regions,  and  as  ions  in  the  hottest  regions.  The 
processes  that  occur  within  stars  are  responsible  for  creating  other  chemical  elements  from  hydrogen. 

I 



2       Chapter!         Introduction:  Matter  and  Measurement 

1.1  |  The  Study  of  Chemistry  

Before  traveling  to  an  unfamiliar  city,  you  might  look  at  a  map  to  get  some 
sense  of  where  you  are  heading.  Because  chemistry  may  be  unfamiliar  to  you, 

it's  useful  to  get  a  general  idea  of  what  lies  ahead  before  vou  embark  on  vour 
journey.  In  fact,  you  might  even  ask  why  you  are  taking  the  trip. 

3-D  MODELS 
Oxygen,  Water,  Carbon  Dioxide,  Ethanol, 
Ethylene  Glycol,  Aspirin 

T  Figure  1.1   Molecular  models.  The  white, 
dark  gray,  and  red  spheres  represent  atoms  of 
hydrogen,  carbon,  and  oxygen,  respectively. 

(a)  Oxygen 

(h)  Wat 

(d)  Ethanol 

(c)  Carbon  dioxide 

The  Atomic  and  Molecular  Perspective  of  Chemistry 

Chemistry  involves  studying  the  properties  and  behavior  of  matter.  Matter  is 
the  physical  material  of  the  universe;  it  is  anything  that  has  mass  and  occupies 
space.  A  property  is  any  characteristic  that  allows  us  to  recognize  a  particular 
type  of  matter  and  to  distinguish  it  from  other  types.  This  book,  your  body,  the 
clothes  you  are  wearing,  and  the  air  you  are  breathing  are  all  samples  of  matter. 
Not  all  forms  of  matter  are  so  common  or  so  familiar,  but  countless  experiments 

have  shown  that  the  tremendous  variety  of  matter  in  our  world  is  due  to  com- 
binations of  only  about  100  very  basic,  or  elementary,  substances  called 

elements.  As  we  proceed  through  this  text,  we  will  seek  to  relate  the  properties 
of  matter  to  its  composition,  that  is,  to  the  particular  elements  it  contains. 

Chemistry  also  provides  a  background  to  understanding  the  properties  of 
matter  in  terms  of  atoms,  the  almost  infinitesimally  small  building  blocks  of 
matter.  Each  element  is  composed  of  a  unique  kind  of  atom.  We  will  see  that  the 
properties  of  matter  relate  not  only  to  the  kinds  of  atoms  it  contains 
(composition),  but  also  to  the  arrangements  of  these  atoms  (structure). 

Atoms  can  combine  to  form  molecules  in  which  two  or  more  atoms  are  joined 

together  in  specific  shapes.  Throughout  this  text  you  will  see  molecules  represent- 
ed using  colored  spheres  to  show  how  their  component  atoms  connect  to  each 

other  (Figure  1.1  ▼).  The  color  merely  provides  a  convenient  way  to  distinguish 
between  the  atoms  of  different  elements.  As  examples,  compare  the  molecules  of 

ethanol  and  ethylene  glycol,  which  are  depicted  in  Figure  1.1.  Notice  that  these 
molecules  differ  somewhat  in  composition.  Ethanol  contains  one  red  sphere, 

which  represents  one  oxygen  atom,  whereas  ethylene  glycol  contains  two. 

Even  apparently  minor  differences  in  the  composition  or  structure  of  mole- 
cules can  cause  profound  differences  in  their  properties.  Ethanol,  also  called 

grain  alcohol,  is  the  alcohol  in  beverages  such  as  beer  and  wine.  Ethylene  gly- 
col, on  the  other  hand,  is  a  viscous  liquid  used  as  automobile  antifreeze.  The 

properties  of  these  two  substances  differ  in  a  great  number  of  ways,  including 
the  temperatures  at  which  they  freeze  and  boil.  One  of  the  challenges  that 

chemists  undertake  is  to  alter  the  composition  or  structure  of  mole- 
cules in  a  controlled  way,  creat- 

ing new  substances  with 
different  properties. 

Every  change  in  the 
observable    world — 

from  boiling  water 
to  the  changes 

that  occur  as 

our  bodies 

combat  invad- 

ing   viruses — 
has  its  basis  in 

the     world  of 

atoms   and  mole- 
cules.  Thus,  as  we 

proceed  with  our  study 
of  chemistry,  we  will  find 

TP
* 

(e)  Ethylene  glycol 

(f)  Aspirin 



1.1         The  Study  of  Chemistry 

ourselves  thinking  in  two  realms,  the  macroscopic  realm  of  ordinary-sized  objects 
(macro  =  large)  and  the  submicroscopic  realm  of  atoms  and  molecules.  We  moke 

our  observations  in  the  macroscopic  world — in  the  laboratory  and  in  our  every- 

day surroundings.  In  order  to  understand  that  world,  however,  we  must  visual- 
ize how  atoms  and  molecules  behave  at  the  submicroscopic  level.  Chemistry  is 

the  science  that  seeks  to  understand  the  properties  and  behavior  of  matter  by 
studying  the  properties  and  behavior  of  atoms  and  molecules. 

Q    GIVE  IT  SOME  THOUGHT 

(a)  In  round  numbers,  about  how  many  elements  are  there?  (b)  What  submicro- 
scopic particles  are  the  building  blocks  of  matter? 

Why  Study  Chemistry? 

Chemistry  prov  ides  important  understanding  of  our  world  and  how  it  works. 
It  is  an  extremely  practical  science  that  greatly  impacts  our  daily  living.  Indeed, 
chemistry  lies  near  the  heart  of  many  matters  of  public  concern:  improvement 
of  health  care,  conservation  of  natural  resources,  protection  of  the  env  ironment, 
and  provision  of  our  everyday  needs  for  food,  clothing,  and  shelter.  Using 
chemistry,  we  have  discovered  pharmaceutical  chemicals  that  enhance  our 
health  and  prolong  our  lives.  We  have  increased  food  production  through  the 
development  of  fertilizers  and  pesticides.  We  have  developed  plastics  and 
other  materials  that  are  used  in  almost  every  facet  of  our  liv  es.  Unfortunately, 
some  chemicals  also  have  the  potential  to  harm  our  health  or  the  environment. 
It  is  in  our  best  interest  as  educated  citizens  and  consumers  to  understand  the 

profound  effects,  both  positive  and  negative,  that  chemicals  hav  e  on  our  lives 
and  to  strike  an  informed  balance  about  their  uses. 

Most  of  you  are  studying  chemistry,  however,  not  merely  to  satisfy  your  cu- 
riosity or  to  become  more  informed  consumers  or  citizens,  but  because  it  is  an  es- 

sential part  of  your  curriculum.  Your  major  might  he  biology,  engineering, 
agriculture,  geology,  or  some  other  field.  Why  do  so  manv  diverse  subjects  share  an 
essential  tie  to  chemistry?  The  answer  is  that  chemistry,  by  its  very  nature,  is  the 

central  science,  central  to  a  fundamental  understanding  of  other  sciences  and  tech- 

nologies. For  example,  our  interactions  with  the  material  world  raise  basic  ques- 

tions about  the  materials  around  us.  What  are  their  compositions  and  properties1 
How  do  they  interact  with  us  and  our  environment?  How,  why,  and  when  do  they 
undergo  change?  These  questions  are  important  whether  the  material  is  part  of 

high-tech  computer  chips,  an  aged  pigment  used  by  a  Renaissance  painter,  or  the 
DNA  that  transmits  genetic  information  in  our  bodies  (Figure  1 .2  ▼). 

By  studying  chemistry,  you  will  learn  to  use  the  powerful  language  and 
ideas  that  have  evolved  to  describe  and  enhance  our  understanding  of  matter. 

<  Figure  1.2   Chemistry  helps  us  better 
understand  materials,  (a)  A  microscopic  view 

of  an  EPROM  (Erasable  Programmable  Read-Only 
Memory)  silicon  microchip,  (b)  A  Renaissance 
painting,  Young  Girl  Reading,  by  Vittore  Carpaccio 
(1472-1526).  (c)  A  long  strand  of  DNA  that  has 
spilled  out  of  the  damaged  cell  wall  of  a 
bacterium 

(a)  (b)  (c) 



4       Chapter!  Introduction:  Matter  and  Measurement 

CHEMISTRY  AT  WORK  |  Chemistry  and  the  Chemical  Industry 

Many  people  are  familiar  with  common  household  chemi- 
cals such  as  those  shown  in  Figure  1.3  ►,  but  few  realize 

the  si/e  and  importance  of  the  chemical  industry.  Worldwide 
sales  of  chemicals  and  related  products  manufactured  in  the 
I  mted  States  total  over  $450  billion  annually.  The  chemical  in- 

dustry employs  over  10"'..  of  all  scientists  and  engineers  and  is 
a  major  contributor  to  the  U.S.  economy. 

Vast  amount's  of  chemicals  are  produced  each 'year  and 
serve  as  raw  materials  for  a  variety  of  uses,  including  the  manu- 

facture of  metals,  plastics,  fertilizers,  pharmaceuticals,  fuels, 
paints,  adhesives,  pesticides,  synthetic  fibers,  microprocessor 
chips,  and  numerous  other  products.  Table  1 .1  T  lists  the  top  ten 
chemicals  produced  in  the  United  States.  We  will  discuss  many 
of  these  substances  and  their  uses  as  the  course  progresses. 

People  who  have  degrees  in  chemistry  hold  a  variety  of  po- 
sitions in  industry,  government,  and  academia.  Those  who  work 

in  the  chemical  industry  find  positions  as  laboratory  chemists, 
carrying  out  experiments  to  develop  new  products  (research  and 
dev  elopment),  analyzing  materials  (quality  control),  or  assisting 
customers  in  using  products  (sales  and  serv  ice).  Those  with  more 

experience  or  training  may  work  as  managers  or  company  direc- 
tors. There  are  also  alternate  careers  that  a  chemistr)  degree  pre- 

pares you  for  such  as  teaching,  medicine,  biomedical  research, 
information  science,  environmental  work,  technical  sales,  work 

with  government  regulatory  agencies,  and  patent  law. 
▲  Figure  1.3  Household  chemicals.  Many  common  supermarket 
products  have  very  simple  chemical  compositions. 

TABLE  1.1   The  Top  Ten  Chemicals  Produced  by  the  Chemical  Industry  in  2003a 

2003  Production 
Rank Chemical Formula (billions  of  pounds) Principal  End  Uses 

1 Sulfuric  acid 
H2S04 

82 Fertilizers,  chemical  manufacturing 
2 Nitrogen 

75 

Fertilizers 

3 Oxygen 

o2 

61 Steel,  welding 

4 Ethylene 
C2H4 

51 

Plastics,  antifreeze 
5 Lime CaO 38 

Paper,  cement,  steel 
6 Propylene 

C3H6 
31 Plastics 

7 Ammonia 

Nhh 

24 Fertilizers 

8 Chlorine 

Cl2 

24 Bleaches,  plastics,  water  purification 

l» 

Phosphoric  acid 
H3PO4 

24 

Fertilizers 

in 
Sodium  hydroxide NaOH 

19 

Aluminum  production,  soap 

lata  from  Chemical  nnd  Envinet News,  |uly  5,  2004,  pp.  51,  54. 

The  language  of  chemistry  is  a  universal  scientific  language  that  is  widely  used  in 
other  disciplines.  Furthermore,  an  understanding  of  the  behavior  of  atoms  and 
molecules  provides  powerful  insights  in  other  areas  of  modem  science,  technology, 
and  engineering.  For  this  reason,  chemistry  will  probably  play  a  significant  role  in 

your  future.  You  will  be  better  prepared  for  the  future  if  you  increase  your  under- 
standing of  chemical  principles,  and  it  is  our  goal  to  help  you  achieve  this  end. 

1,2  |  Classifications  of  Matter  

Let's  begin  our  study  of  chemistry  by  examining  some  fundamental  ways  in 
which  matter  is  classified  and  described.  Two  principal  ways  of  classifying 

matter  are  according  to  its  physical  state  (as  a  gas,  liquid,  or  solid)  and  accord- 
ing to  its  composition  (as  an  element,  compound,  or  mixture). 



1.2 Classifications  of  Matter 

States  of  Matter 

A  sample  of  matter  can  be  a  gas,  a  liquid,  or  a  solid. 
These  three  forms  of  matter  are  called  the  states  of 
matter.  The  states  of  matter  differ  in  some  of  their 

simple  observable  properties.  A  gas  (also  known  as 

vapor)  has  no  fixed  volume  or  shape;  rather,  it  con- 
forms to  the  volume  and  shape  of  its  container.  A  gas 

can  be  compressed  to  occupy  a  smaller  volume,  or  it 
can  expand  to  occupy  a  larger  one.  A  liquid  has  a 
distinct  volume  independent  of  its  container  but  has 
no  specific  shape:  It  assumes  the  shape  of  the  portion 
of  the  container  that  it  occupies.  A  solid  has  both  a 

definite  shape  and  a  definite  volume,  \either  liq- 
uids nor  solids  can  be  compressed  to  any  ap- 

preciable extent. 
The  properties  of  the  states  can  be 

understood  on  the  molecular  level 

(Figure  1.4  ►).  In  a  gas  the  molecules 
are  far  apart  and  are  moving  at  high 

speeds,  colliding  repeatedly  with 
each  other  and  with  the  walls  of  the 

container.  In  a  liquid  the  molecules 
are  packed  more  closely  together,  but 
still  move  rapidly,  allowing  them  to  slide 
over  each  other;  thus,  liquids  pour  easil) 

a  solid  the  molecules  are  held  tightlv  together,  usu- 
ally in  definite  arrangements,  in  which  the  mole- 
cules can  wiggle  only  slightlv  in  their  otherwise  fixed  positions. 

Pure  Substances 

Most  forms  of  matter  that  we  encounter — for  example,  the  air  we  breathe  (a  gas), 
gasoline  for  cars  (a  liquid),  and  the  sidewalk  on  which  we  walk  (a  solid) — are  not 
chemically  pure.  We  can,  however,  resolve,  or  separate,  these  forms  of  matter  into 
different  pure  substances.  A  pure  substance  (usually  referred  to  simply  as  a 

substance)  is  matter  that  has  distinct  properties  and  a  composition  that  doesn't 
vary  from  sample  to  sample.  Water  and  ordinary  table  salt  (sodium  chloride),  the 
primary  components  of  seawater,  are  examples  of  pure  substances. 

All  substances  are  either  elements  or  compounds.  Elements  cannot  be  decom- 
posed into  simpler  substances.  On  the  molecular  level,  each  element  is  composed 

of  only  one  kind  of  atom  [Figure  1.5(a  and  b)  ▼].  Compounds  are  substances 

▲  Figure  1.4  The  three  physical  states  of 
water-water  vapor,  liquid  water,  and  ice.  In 
this  photo  we  see  both  the  liquid  and  solid  states 
of  water.  We  cannot  see  water  vapor.  What  we 
see  when  we  look  at  steam  or  clouds  is  tiny 
droplets  of  liquid  water  dispersed  in  the 
atmosphere.  The  molecular  views  show  that  the 
molecules  in  the  solid  are  arranged  in  a  more 
orderly  way  than  in  the  liquid.  The  molecules  in 
the  gas  are  much  farther  apart  than  those  in  the 
liquid  or  the  solid. 

ACTIVITY 
Phases  of  Water 

9 

9 • 

9  9 

• 

(a)  Atoms  of  an element (b)  Molecules 
of  an  element 

(c)  Mole,  ules 
of  a  compound 

(d)  Mixture  of  elements 
and  .)  i  ompound 

▲  Figure  1.5  Molecular  comparison  of  element,  compounds,  and  mixtures.  Each  element  contains  a  unique  kind  of  atom  Elements 
might  consist  of  individual  atoms,  as  in  (a),  or  molecules,  as  in  (b).  Compounds  contain  two  or  more  different  atoms  chemically  joined  together, 
as  in  (c).  A  mixture  contains  the  individual  units  of  its  components,  shown  in  (d)  as  both  atoms  and  molecules. 
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►  Figure  1.6  Relative  abundances  of  Aluminum 
elements.  Elements  in  percent  by  mass  in  Iron       7,5%       Other  Other 

(a)  Earth's  crust  (including  oceans  and  4.7%  9.2%  7",, 

Earth's  (  rust  I  luman  body 

(a)  (b) 

pi
 

ACTIVITY 
Phases  of  the  Elements 

composed  of  two  or  more  elements,  so  they  contain  two  or  more  kinds  of  atoms 

[Figure  1.5(c)].  Water,  for  example,  is  a  compound  composed  of  two  elements,  hy- 
drogen and  oxygen.  Figure  1.5(d)  shows  a  mixture  of  substances.  Mixtures  are 

combinations  of  two  or  more  substances  in  which  each  substance  retains  its  own 
chemical  identity. 

Elements 

At  the  present  time  116  elements  are  known.  These  elements  vary  widely  in 

their  abundance,  as  shown  in  Figure  1 .6  ▲.  For  example,  only  five  elements  ac- 

count for  over  90%  of  Earth's  crust:  oxygen,  silicon,  aluminum,  iron,  and  calci- 
um. In  contrast,  just  three  elements  (oxygen,  carbon,  and  hydrogen)  account  for 

over  40" n  of  the  mass  of  the  human  body. 
Some  of  the  more  common  elements  are  listed  in  Table  1.2  T,  along  with 

the  chemical  abbreviations — or  chemical  symbols — used  to  denote  them.  All  the 
known  elements  and  their  symbols  are  listed  on  the  front  inside  cover  of  this 

text.  The  table  in  which  the  symbol  for  each  element  is  enclosed  in  a  box  is 

called  the  periodic  tabic.  In  the  periodic  table  the  elements  are  arranged  in  verti- 
cal columns  so  that  closely  related  elements  are  grouped  together.  We  describe 

this  important  tool  in  more  detail  in  Section  2.5. 

The  symbol  for  each  element  consists  of  one  or  two  letters,  with  the  first  let- 
ter capitalized.  These  svmbols  are  often  derived  from  the  English  name  for  the 

element,  but  sometimes  they  are  derived  from  a  foreign  name  instead  (last  col- 
umn in  Table  1.2).  You  will  need  to  know  these  symbols  and  to  learn  others  as 

we  encounter  them  in  the  text. 

9 GIVE  IT  SOME  THOUGHT 

Which  element  is  most  abundant  in  both  Earth's  crust  and  in  the  human  body?  What 
is  the  symbol  for  this  element? 

TABLE  1.2   Some  Common  Elements  and  Their  Symbols 

Carbon C Aluminum Al 
Copper Cu  (from  cuprum) 

Fluorine 1 Bromine 

1  ii- 

Iron Fe  (from  ferritin) 

Hydrogen 
1 1 Calcium 

Ca 

Lead Pb  (from  plumbum) 
Iodine I C  hlorine 

C  1 

Mercury 

Hg  (from  hydrargyrum) 
Nitrogen \ Helium 

1  le 

Potassium K  (from  kalium) 

Oxygen 

( > 

Lithium 1  1 Silver Ag  (from  argentum) 
Phosphorus P 

Magnesium 

Mg 

Sodium Na  (from  natrium) 
Su  1  fu  r s Silicon 

Si 

Tin Sn  (from  stannum) 



1.2 Classifications  of  Matter 

Compounds 

Most  elements  can  interact  with  other  elements  to  form  compounds.  For  exam- 
ple, consider  the  fact  that  when  hydrogen  gas  burns  in  oxygen  gas,  the  elements 

hydrogen  and  oxygen  combine  to  form  the  compound  water.  Conversely  water 
can  be  decomposed  into  its  component  elements  by  passing  an  electrical  current 

through  it,  as  shown  in  figure  1.7  ▼.  Pure  water,  regardless  of  its  source,  con- 

sists of  1 1""  hydrogen  and  89%  oxygen  by  mass.  I  his  macroscopic  composition 
corresponds  to  the  molecular  composition,  which  consists  ot  two  hydrogen 
atoms  combined  with  one  oxygen  atom: 

( )xygen  atom 
\\  ater  molec  ule 9 

1  [ydrogen  atom 

The  elements  hydrogen  and  oxygen  themselves  exist  naturally  as  diatomic 
(two-atom)  molecules: 

nit    B^^^^^P  1  1 

Hydrogen  molecule  (written  H-.) 

As  seen  in  Table  1 .3  ►,  the  properties  of  water  bear  no  resemblance  to  the  proper- 

nJ  ANIMATION ties  of  its  component  elements.  Hydrogen,  oxygen,  and  water  are  each  unique  311  Electrolysis  of  Water 
substances,  a  consequence  of  the  uniqueness  of  their  respectiv  e  molecules. 

Water,  H20  Hydrogen  gas,  I  b 

A  Figure  1.7   Electrolysis  of  water.  Water  decomposes  into  its  component  elements,  hydrogen  and  oxygen,  when  a 
direct  electrical  current  is  passed  through  it.  The  volume  of  hydrogen,  which  is  collected  in  the  right  tube  of  the  apparatus,  is 
twice  the  volume  of  oxygen,  which  is  collected  in  the  left  tube. 
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TABLE  1.3 Comparison  of  Water,  Hydrogen,  and  Oxygen 

Water 
Hydrogen 

Oxygen 

State'1 

I  .iquid 

(  pas 

Gas 
Normal  boil 

ing  point     100  C 

-253°C -183°C 

Density'1 

1.00  g  mL 
0.084  g/L 

1.33  g/L 

Flammable No Yes No 

'At  r«M>m  temperature  and  atmospheric  pressure  (See  Section  H)  2.) 

The  observation  that  the  elemental  composition  of  a  pure  compound  is 
always  the  same  is  known  as  the  law  of  constant  composition  (or  the  law  of 

definite  proportions).  It  was  first  put  forth  by  the  French  chemist  Joseph 

Louis  Proust  (1754-1826)  in  about  1800.  Although  this  law  has  been  known 
for  200  years,  the  general  belief  persists  among  some  people  that  a  funda- 

mental difference  exists  between  compounds  prepared  in  the  laboratory  and 
the  corresponding  compounds  found  in  nature.  However,  a  pure  compound 
has  the  same  composition  and  properties  regardless  of  its  source.  Both 
chemists  and  nature  must  use  the  same  elements  and  operate  under  the  same 
natural  laws.  When  two  materials  differ  in  composition  and  properties,  we 
know  that  they  are  composed  of  different  compounds  or  that  they  differ  in 
purity  Occasionally,  however,  a  pure  solid  substance  may  have  more  than 
one  crystalline  form,  and  these  may  have  slightly  different  properties. 

9 GIVE  IT  SOME  THOUGHT 

Hydrogen,  oxygen,  and  water  are  all  composed  of  molecules.  What  is  it  about  the 
molecules  of  water  that  makes  water  a  compound? 

T  Figure  1.8   Mixtures,  (a)  Many  common 
materials,  including  rocks,  are  heterogeneous. 
This  close-up  photo  is  of  malachite,  a  copper 
mineral,  (b)  Homogeneous  mixtures  are  called 
solutions.  Many  substances,  including  the  blue 
solid  shown  in  this  photo  (copper  sulfate), 
dissolve  in  water  to  form  solutions. 

(a) 

Mixtures 

Most  of  the  matter  we  encounter  consists  of  mixtures  of  different  substances. 
Each  substance  in  a  mixture  retains  its  own  chemical  identity  and  hence  its  own 

properties.  Whereas  pure  substances  have  fixed  compositions,  the  composi- 
tions of  mixtures  can  vary.  A  cup  of  sweetened  coffee,  for  example,  can  contain 

either  a  little  sugar  or  a  lot.  The  substances  making  up  a  mixture  (such  as  sugar 
and  water)  are  called  components  of  the  mixture. 

Some  mixtures  do  not  have  the  same  composition,  properties,  and 

appearance  throughout.  Both  rocks  and  wood,  for  example,  vary  in  texture 
and  appearance  throughout  any  typical 
sample.  Such  mixtures  are  heterogeneous 

[Figure  1.8(a)  ■4].  Mixtures  that  are  uni- 
form throughout  are  homogeneous.  Air  is  a 

homogeneous  mixture  of  the  gaseous  sub- 
stances nitrogen,  oxygen,  and  smaller 

amounts  of  other  substances.  The  nitrogen 

in  air  has  all  the  properties  that  pure  nitro- 
gen does  because  both  the  pure  substance 

and  the  mixture  contain  the  same  nitrogen 

molecules.  Salt,  sugar,  and  many  other 

substances  dissolve  in  water  to  form  ho- 

mogeneous mixtures  [Figure  1.8(b)].  Ho- 
mogeneous mixtures  are  also  called 

solutions.  Figure  1.9  ►  summarizes  the 

classification  of  matter  into  elements,  com- 

(b)  pounds,  and  mixtures. 



1.3 

'roperties  of  \ hitter 

Matter 
4  Figure  1.9   Classification  of  matter.  At 
the  chemical  level  all  matter  is  classified 
ultimately  as  either  elements  or  compounds 

Heterogeneous 
mixture 

NO Is  it  uniform 
throughout? 

YES 

Homogeneous 

ACTIVITY 
Classification  of  Matter 

N(  > 

Does  it  have  a 
variable 

composition? 

YES 

\ 1 

Pure  substance Homogeneous 
mixture 

(solution) 

NO Can  it  be  separated 
into  simpler 
substances? 

\  1  S 

\ / 

Element Compound 

■  SAMPLE  EXERCISE  1.1  |  Distinguishing  among  elements,  compounds,  and 
mixtures 

"White  gold,"  used  in  jewelry,  contains  two  elements,  gold  and  palladium.  Two  dif- 
ferent samples  of  white  gold  differ  in  the  relative  amounts  of  gold  and  palladium  that 

they  contain.  Both  are  uniform  in  composition  throughout.  Without  knowing  any 
more  about  the  materials,  use  Figure  1 .9  to  characterize  and  classify  white  gold. 

Solution  Because  the  material  is  uniform  throughout,  it  is  homogeneous.  Because  its 
composition  differs  for  the  two  samples,  it  cannot  be  a  compound.  Instead,  it  must  be 
a  homogeneous  mixture.  Gold  and  palladium  can  be  said  to  form  a  solid  solution 
with  one  another. 

■i  PRACTICE  EXERCISE 

Aspirin  is  composed  of  6(1.1)"..  carbon,  43"..  hydrogen,  and  35.5%  oxygen  by  mass,  re- 
gardless of  its  source.  Use  f  igure  1  .L>  to  characterize  and  classify  aspirin. 

Answer:  It  is  a  compound  because  it  has  constant  composition  and  can  be  separated 
into  several  elements. 

1.3  |  Properties  of  Matter  

Every  substance  has  a  unique  set  of  properties.  For  example,  the  properties  list- 
ed in  Table  1.3  allow  us  to  distinguish  hydrogen,  oxygen,  and  water  from  one 

another.  The  properties  of  matter  can  be  categorized  as  physical  or  chemical. 

Physical  properties  can  be  measured  without  changing  the  identity  and  compo- 
sition of  the  substance.  These  properties  include  color,  odor,  density,  melting 

point,  boiling  point,  and  hardness.  Chemical  properties  describe  the  way  a  sub- 

stance may  change,  or  react,  to  form  other  substances.  A  common  chemical  prop- 

erty is  flammability,  the  ability  of  a  substance-  to  burn  in  the  presence  of  oxygen. 
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Some  properties — such  as  temperature,  melting  point,  and  density — do  not 
depend  on  the  amount  of  the  sample  being  examined.  These  properties,  called 
intensive  properties,  are  particularly  useful  in  chemistry  because  many  can  be 
used  to  identify  substances.  Extensive  properties  of  substances  depend  on  the 
quantity  of  the  sample,  with  two  examples  being  mass  and  volume.  Extensive 
properties  relate  to  the  amount  of  substance  present. 

Physical  and  Chemical  Changes 

animation  As  with  the  properties  of  a  substance,  the  changes  that  substances  undergo  can 
Changes  of  State  Lx>  classified  as  either  physical  or  chemical.  During  physical  changes  a  sub- 

stance changes  its  physical  appearance,  but  not  its  composition.  The  evapora- 
tion of  water  is  a  physical  change.  When  water  evaporates,  it  changes  from  the 

liquid  state  to  the  gas  state,  but  it  is  still  composed  of  water  molecules,  as  de- 
picted earlier  in  Figure  1 .4.  All  changes  of  state  (for  example,  from  liquid  to  gas 

or  from  liquid  to  solid)  are  physical  changes. 

In  chemical  changes  (also  called  chemical  reactions)  a  substance  is  trans- 
formed into  a  chemically  different  substance.  When  hydrogen  burns  in  air,  for  ex- 

ample, it  undergoes  a  chemical  change  because  it  combines  with  oxvgen  to  form 

water.  The  molecular-level  view  of  this  process  is  depicted  in  Figure  1.10  ▼. 

▼  Figure  1.10  A  chemical  reaction. 

CHEMICAL  REACTION  (CHEMICAL  CHANGE) 

///  a  chemical  reaction,  the  chemical  identities  of  substances  change. 

Here  hydrogen  and  oxygen  undergo  a  chemical  change  to  form  water. 

I  lydrogon  and  oxygen  gases. When  hydrogen  burns, 
it  undergoes  a  chemical  change. 

To  form  water,  which  is 

produced  in  the  flame. 
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NITRIC 

,  ACID  CON. H1VO3 

mam  . 

(a) 
(b) (c) 

▲  Figure  1.11  The  chemical  reaction  between  a  copper  penny  and  nitric  acid.  The  dissolved  copper 
produces  the  blue-green  solution;  the  reddish  brown  gas  produced  is  nitrogen  dioxide. 

Chemical  changes  con  be  dramatic.  In  the  account  that  follows,  Ira  Remsen, 

author  of  a  popular  chemistry  text  published  in  1901,  describes  his  first  experi- 
ences with  chemical  reactions.  T  he  chemical  reaction  that  he  observed  is  shown 

in  Figure  1.11  ▲. 

While  reading  a  textbook  of  chemistry,  I  cum'  upon  the  statement  "nitric  acid  acts 
upon  copper,"  and  I  determined  to  see  what  this  meant.  Having  located  some  ni- 

tric acid,  I  had  only  to  learn  what  the  words  "act  upon"  meant.  In  the  interest  of 
knowledge  I  was  even  willing  to  sacrifice  one  of  the  few  copper  cents  then  in  mv 

possession.  I  put  one  of  them  on  the  table,  opened  a  bottle  labeled  "nitric  ,u  id," 
poured  some  of  the  liquid  on  the  copper,  and  prepared  to  make  an  observation. 
But  what  was  this  wonderful  thing  which  I  beheld?  The  cent  was  already 

changed,  and  it  was  no  small  change  either.  A  greenish-blue  liquid  foamed  and 
fumed  over  the  cent  and  ox  er  the  table.  The  air  became  colored  dark  red  I  low 

could  I  stop  this?  I  tried  by  picking  the  cent  up  and  throwing  it  out  the  window.  I 
learned  another  fact:  nitric  acid  acts  upon  fingers,  the  pain  led  to  another  un- 

premeditated experiment.  I  drew  mv  fingers  across  my  trousers  and  discovered 
nitric  acid  acts  upon  trousers.  That  was  the  most  impressive  experiment  I  have 
ever  performed.  I  tell  of  it  even  now  with  interest.  It  was  a  revelation  to  me.  Plain- 

ly the  only  way  to  learn  about  such  remarkable  kinds  of  action  is  to  see  the  results, 
to  experiment,  to  work  in  the  laboratory. 

Which  of  the  following  is  a  physical  change,  and  which  is  a  chemical  change? 
Explain,  (a)  Plants  use  carbon  dioxide  and  water  to  make  sugar,  (b)  Water  vapor  in 
the  air  on  a  cold  day  forms  frost. 

MOVIE 
Sodium  and  Potassium  in  Water 
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(a) 

▲  Figure  1.12   Separation  by  filtration.  A  mixture  of  a  solid  and  a  liquid  is 
poured  through  a  porous  medium,  in  this  case  filter  paper.  The  liquid  passes 
through  the  paper  while  the  solid  remains  on  the  paper. 

Separation  of  Mixtures 

Because  each  component  of  a  mixture  retains  its  own 
properties,  we  can  separate  a  mixture  into  its  components 
by  taking  advantage  of  the  differences  in  their  properties. 
For  example,  a  heterogeneous  mixture  of  iron  filings  and 
gold  filings  could  be  sorted  individually  by  color  into 
iron  and  gold.  A  less  tedious  approach  would  be  to  use  a 
magnet  to  attract  the  iron  filings,  leaving  the  gold  ones 
behind.  We  can  also  take  advantage  of  an  important 
chemical  difference  between  these  two  metals:  Many 

acids  dissolve  iron,  but  not  gold.  Thus,  if  we  put  our  mix- 
ture into  an  appropriate  acid,  the  iron  would  dissolve 

and  the  gold  would  be  left  behind.  The  two  could  then  be 

separated  by  filtration,  a  procedure  illustrated  in 

Figure  1.12  -4.  We  would  have  to  use  other  chemical  reac- 
tions, which  we  will  learn  about  later,  to  transform  the 

dissolved  iron  back  into  metal. 

An  important  method  of  separating  the  compo- 
nents of  a  homogeneous  mixture  is  distillation,  a  process 

that  depends  on  the  different  abilities  of  substances  to 
form  gases.  For  example,  if  we  boil  a  solution  of  salt  and 

water,  the  water  evaporates,  forming  a  gas,  and  the  salt 
is  left  behind.  The  gaseous  water  can  be  converted  back 

to  a  liquid  on  the  walls  of  a  condenser,  as  shown  in  the 

apparatus  depicted  in  Figure  1.13  T. 
The  differing  abilities  of  substances  to  adhere  to  the  surfaces  of  various 

solids  such  as  paper  and  starch  can  also  be  used  to  separate  mixtures.  This  is 

the  basis  of  chromatography  (literally  "the  writing  of  colors"),  a  technique  that 
can  give  beautiful  and  dramatic  results.  An  example  of  the  chromatographic 

separation  of  ink  is  shown  in  Figure  1.14  ►. 

(b) 

MOVIES 
Mixtures  and  Compounds,  Paper 
Chromatography  of  Ink 

►  Figure  1.13   Distillation.  A  simple 
apparatus  for  the  separation  of  a  sodium  chloride 
solution  (salt  water)  into  its  components.  Boiling 
the  solution  evaporates  the  water,  which  is 
condensed,  then  collected  in  the  receiving  flask. 
After  all  the  water  has  boiled  away,  pure  sodium 
chloride  remains  in  the  boiling  flask. 

Salt  watt.' i soiling  ̂  

lask  
' 

Clamp 

Receiving 

flask 

Burner Pure  w  ater 
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(C) 

▲  Figure  1.14  Separation  of  ink  into  components  by  paper  chromatography,  (a)  Water  begins  to  move  up  the  paper  (b)  Water  moves 
past  the  ink  spot,  dissolving  different  components  of  the  ink  at  different  rates,  (c)  Water  has  separated  the  ink  into  its  several  different  components. 

The  Scientific  Method 

/\  Ithough  two  scientists  rarely  approach  the  same  problem 

ilin  exactly  the  same  way,  there  are  guidelines  for  the  prac- 
tice of  science  that  have  come  to  be  known  .is  the  scientific 

method.  These  guidelines  .ire  outlined  in  1  igure  I  H  ▼.  We 
begin  by  collecting  information,  or  data,  by  observation  and 
experiment.  The  collection  of  information,  however,  is  not  the 
ultimate  goal.  The  goal  is  to  find  a  pattern  or  sense  of  order  in 
our  observations  and  to  understand  the  origin  of  this  order. 

As  we  perform  our  experiments,  we  may  begin  to  see  pat- 
terns that  lead  us  to  a  tentative  explanation,  or  hypothesis,  that 

guides  us  in  planning  further  experiments.  Eventually,  we 
may  be  able  to  tie  together  a  great  number  o(  observations  in  a 
single  statement  or  equation  called  a  scientific  law.  A 
scientific  law  is  <?  concise  verbal  statement  or  a  mathematical  equa- 

tion Unit  summarizes  a  broad  variety  oj  observations  ami  experi- 
ences. We  tend  to  think  of  the  laws  of  nature  as  the  basic  rules 

under  which  nature  operates.  However,  it  is  not  so  much  that 
matter  obeys  the  laws  of  nature,  but  rather  that  the  laws  of  na- 

ture describe  the  behavior  of  matter. 

At  many  stages  of  our  studies  we  may  propose  explana- 
tions of  why  nature  behaves  in  a  particular  way.  II  a  hypothe- 

sis is  sufficiently  general  and  is  continually  effective  in 
predicting  facts  yet  to  be  observed,  it  is  called  a  theory  A 
theory  is  an  explanation  of  the  general  causes  oj  certain  phenomena, 

r    — . —  --a Observations  and 

experiments 

 " ] 

Find  patterns, 
trends,  and  laws 

 : — ;-a 

Formulate  and  test 

hypothesis 

Theory 

\  \ 
1 

▲  Figure  1.15   The  scientific  method.  The  scientific  method  is  a  general  approach  to  problems  that  involves 
making  observations,  seeking  patterns  in  the  observations,  formulating  hypotheses  to  explain  the  observations,  and 
testing  these  hypotheses  by  further  experiments.  Those  hypotheses  that  withstand  such  tests  and  prove  themselves 
useful  in  explaining  and  predicting  behavior  become  known  as  theories. 

with  considerable  evidence  or  facts  to  support  it.  For  example, 

Einstein's  theory  of  relativity  was  a  revolutionary  new  way  of 
thinking  about  space  and  time.  It  w  as  more  than  just  a  simple 

hypothesis,  how  ever,  because  it  could  be  used  to  make  predic- 
tions that  could  be  tested  experimentally.  When  these  experi- 

ments were  conducted,  the  results  were  generally  in 
agreement  with  the  predictions  and  were  not  explainable  by 
earlier  theories,  thus,  the  theory  ol  relativity  was  supported, 

but  not  proven.  Indeed,  theories  can  never  be  proven  to  be  ab- 
solutely correct. 

As  we  proceed  through  this  text,  we  will  rarely  have  the 

opportunity  to  discuss  the  doubts,  conflicts,  clashes  of  person- 
alities, and  rev  olutions  ol  perception  that  hav  e  led  to  our  pre- 

sent ideas.  We  need  to  be  aware  that  |ust  because  we  can  spell 
out  the  results  of  science  so  concisely  and  neatly  in  textbooks 
does  not  mean  that  scientific  progress  is  smooth,  certain,  and 
predictable.  Some  of  the  ideas  we  present  in  this  text  look  cen- 

turies to  develop  and  invok  ed  large  numbers  of  scientists.  We 
gain  our  view  of  the  natural  world  by  standing  on  the  shoul- 

ders of  the  scientists  who  came  before  us.  lake  advantage  of 

this  view.  As  you  study,  exercise  your  imagination.  Don't  be 
afraid  to  ask  daring  questions  when  they  occur  to  you.  You 
may  be  fascinated  by  what  you  discover! 

Related  Exercise:  13L> 
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1.4  |  Units  of  Measurement  

Many  properties  of  matter  are  quantitative;  that  is,  they  are  associated  with  num- 
bers. When  a  number  represents  a  measured  quantity,  the  units  of  that  quantity 

must  always  be  specified.  To  say  that  the  length  of  a  pencil  is  17.5  is  meaningless. 
Expressing  the  number  with  its  units,  173  centimeters  (cm),  properly  specifies  the 
length.  The  units  used  for  scientific  measurements  are  those  of  the  metric  system. 

The  metric  system,  which  was  first  developed  in  France  during  the  late 
eighteenth  century,  is  used  as  the  system  of  measurement  in  most  countries 

throughout  the  world.  The  United  States  has  traditionally  used  the  English  sys- 
tem, although  use  of  the  metric  system  has  become  more  common.  For  exam- 

ple, the  contents  of  most  canned  goods  and  soft  drinks  in  grocery  stores  are 
now  given  in  metric  as  well  as  in  English  units  as  shown  in  Figure  1.16  4. 

SI  Units 

In  I960  an  international  agreement  was  reached  specifying  a  particular  choice 
of  metric  units  for  use  in  scientific  measurements.  These  preferred  units  are 

called  SI  units,  after  the  French  Systeme  International  d'Unites.  This  system  has seven  base  units  from  which  all  other  units  are  derived.  Table  1.4  T  lists  these 

base  units  and  their  symbols.  In  this  chapter  we  will  consider  the  base  units  for 

length,  mass,  and  temperature. 

TABLE  1.4    SI  Base  Units 

Physical  Quantity  Name  of  Unit  Abbreviation 

Mass Kilogram 

kg 

Length Meter m 
Time Second 

sa 

Temperature Kelvin K 
Amount  of  substance Mole mol 
Electric  current \mpere A 
Luminous  intensity Candela cd 

'The  abbreviation  sec  is  frequently  used 

In  the  metric  system,  prefixes  are  used  to  indicate  decimal  fractions  or  mul- 

tiples of  various  units.  For  example,  the  prefix  milli-  represents  a  10-3  fraction  of 
a  unit:  A  milligram  (mg)  is  10-3  gram  (g),  a  millimeter  (mm)  is  10-3  meter  (m), 
and  so  forth.  Table  1.5  T  presents  the  prefixes  commonly  encountered  in  chem- 

istry. In  using  SI  units  and  in  working  problems  throughout  this  text,  you  must 

be  comfortable  using  exponential  notation.  If  you  are  unfamiliar  with  exponen- 
tial notation  or  want  to  review  it,  refer  to  Appendix  A.l. 

TABLE  1.5    Selected  Prefixes  Used  in  the  Metric  System 

Prefix Abbreviation 

Meaning 
Example 

Giga 
G 

109 

1  gigameter  (Gm)  =  1  x  10  m 
Mega 

\1 

106 

1  megameter  (Mm)  =  1  x  106  m Kilo k 

103 

1  kilometer  (km)  =  1  x  10"  m 
Deci d 1  decimeter  (dm)  =  0.1  m 
Centi c 

1(1  - 

1  centimeter  (cm)  =  0.01  m 
Milli in 

111 

1  millimeter  (mm)  =  0.001  m 
Micro 

10  6 

1  micrometer  (/xm)  =  1  x  10~6m Nano n 

10  9 

1  nanometer  (nm)  =  1  X  10~  m Pico 
P 

i(r12 

1  picometer  (pm)  =  1  x  10 m Femto I 

irr15 

1  femtometer  (fm)  =  1  x  10H?m 

▲  Figure  1.16   Metric  units.  Metric 
measurements  are  increasingly  common  in  the 
United  States,  as  exemplified  by  the  volume 
printed  on  this  one-liter  soda  bottle. 

I  his  is  the  ( Ireek  letter  mu  (pronounced  "mew"). 
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Although  non-Si  units  are  being  phased  out,  there  ore  still  some  that  are 
commonly  used  by  scientists.  Whenever  we  first  encounter  a  non-Si  unit  in  the 
text,  the  proper  SI  unit  will  also  be  given. 

Q    GIVE  IT  SOME  THOUGHT 

Which  of  the  following  quantities  is  the  smallest:  1  mg,  1  /(g,  or  1  pg? 

Length  and  Mass 

The  SI  base  unit  of  length  is  the  meter  (m),  a  distance  only  slightly  longer  than  a 

yard.  The  relations  between  the  English  and  metric  system  units  that  we  will 
use  most  frequently  in  this  text  appear  on  the  bac  k  inside  cover.  We  will  discuss 
how  to  convert  English  units  into  metric  units,  and  vice  versa,  in  Section  1.6. 

Mass*  is  a  measure  of  the  amount  of  material  in  an  object.  I  he  SI  base  unit 
of  mass  is  the  kilogram  (kg),  which  is  equal  to  about  2.2  pounds  (lb).  This  base 

unit  is  unusual  because  it  uses  a  prefix,  kilo-,  instead  of  the  word  gram  alone.  We 
obtain  other  units  for  mass  by  adding  prefixes  to  the  word  gram. 

MM  SAMPLE  EXERCISE  1.2  |  Using  metric  prefixes 

What  is  the  name  given  to  the  unit  that  equals  (a)  10  gram,  (b)  10  second, 
(c)  10  3  meter7 

Solution  In  each  case  we  can  refer  to  Table  1.5,  finding  the  prefix  related  to  each  of 
the  decimal  tractions:  (a)  nanogram,  ng,  (b)  microsecond,  /as,  (c)  millimeter,  mm. 

Wm  PRACTICE  EXERCISE 

(a)  What  decimal  fraction  of  a  second  is  a  picosecond,  ps7  (b)  Express  the  measure- 
ment 6.0  /  10' m  using  a  prefix  to  replace  the  power  of  ten.  (c)  Use  exponential  nota- 

tion to  express  3.76       in  grams. 

Answers;  (a)  10  12  second,  (b)  6.0  km,  (c)  3.76  ■   10  !g 

Temperature 

Temperature  is  a  measure  of  the  hotness  or  coldness  of  an  object.  Indeed,  tem- 
perature is  a  physical  property  that  determines  the  direction  of  heat  flow.  Heat 

always  flows  spontaneously  from  a  substance  at  higher  temperature  to  one  at 
lower  temperature.  Thus,  we  feel  the  influx  ol  heat  when  we  touch  a  hot  object, 
and  we  know  that  the  object  is  at  a  higher  temperature  than  our  hand. 

The  temperature  scales  commonly  employed  in  scientific  studies  are  the 

Celsius  and  Kelvin  scales.  The  Celsius  scale  is  also  the  everyday  scale  of  tem- 
perature in  most  countries  (Figure  1.17  ►).  It  was  originally  based  on  the  as- 

signment of  0°C  to  the  freezing  point  of  water  and  100  C  to  its  boiling  point  at 
sea  level  (Figure  1.18  ►). 

The  Kelvin  scale  is  the  SI  temperature  scale,  and  the  SI  unit  of  temperature  is 

the  kelvin  (K).  Historically,  the  Kelvin  scale  was  based  on  the  properties  of  gases; 

its  origins  will  be  considered  in  Chapter  10.  Zero  on  this  scale  is  the  lowest  attain- 

able temperature,  -273.1 5°C,  a  temperature  referred  to  as  absolute  zero.  Both  the 
Celsius  and  Kelvin  scales  have  equal-sized  units — that  is,  a  kelvin  is  the  same  si/.e 
as  a  degree  Celsius.  Thus,  the  Kelvin  and  Celsius  scales  are  related  as  follows: 

Australia 
Metric  Conversion 

7c 

Temperdtuie 

▲  Figure  1.17   Australian  stamp.  Many 
countries  employ  the  Celsius  temperature  scale 
everyday  use,  as  illustrated  by  this  stamp. 

k CC  +  273.15 

*  Mass  and  weight  are  not  interchangeable  terms  and  are  often  incorrectly  thought  to  be  the  same. 
The  weight  of  an  object  is  the  force  that  its  mass  exerts  due  to  gravity  In  space,  where  gra\  itational 
forces  are  very  weak,  an  astronaut  can  be  weightless,  but  he  or  she  cannot  be  massless.  In  tat  t,  the 
astronaut's  mass  in  space  is  the  same  as  it  is  on  I  .n  th 
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►  Figure  1.18  Comparison  of  the  Kelvin, 
Celsius,  and  Fahrenheit  temperature  scales. 
The  freezing  point  and  boiling  point  of  water  as 
well  as  normal  human  body  temperature  is 
indicated  on  each  of  the  scales 

373  K 

310  K  J> 

173  K 

100°C 
i  I 

37.0°C 

(I  c 

01  - 

212°F         r       Water  boils 

98.6  F  jf- 

32  I 

Normal  body  temperature 

Water  freezes 

kek  in  scale Celsius  scale Fahrenheit  scale 

ACTIVITY 
Temperature 

The  freezing  point  of  water,  0°C,  is  273.15  K  (Figure  1.18).  Notice  that  we  do  not 

use  a  degree  sign  (°)  with  temperatures  on  the  Kelvin  scale. 
The  common  temperature  scale  in  the  United  States  is  the  Fahrenheit  scale, 

which  is  not  generally  used  in  scientific  studies.  On  the  Fahrenheit  scale,  water 

freezes  at  32°F  and  boils  at  212°F.  The  Fahrenheit  and  Celsius  scales  are  related 
as  follows: 

C (°F  -  32)or°F  =  -(°C)  +  32 5 
[1.2] 

■1  SAMPLE  EXERCISE  1.3  |  Converting  units  of  temperature 

If  a  weather  forecaster  predicts  that  the  temperature  for  the  day  will  reach  31°C,  what 
is  the  predicted  temperature  (a)  in  K,  (b)  in   I  1 
Solution  (a)  Using  Equation  1.1,  we  have  K  =  31 

(b)  Using  Equation  1.2,  we  have  °F 

PRACTICE  EXERCISE 

31) 

f  273  =  304  K 

32  =  56  +  32 

Ethylene  glycol,  the  major  ingredient  in  antifreeze,  freezes  at  -11.5°C.  What  is  the 
freezing  point  in  (a)  K,  (b)  °F? 
Answers:  (a)  261.7  K,  (b)  11.3°F 

Derived  SI  Units 

The  SI  base  units  in  Table  1.4  are  used  to  derive  the  units  of  other  quantities.  To  do 
so,  we  use  the  defining  equation  for  the  quantity,  substituting  the  appropriate 
base  units.  For  example,  speed  is  defined  as  the  ratio  of  distance  traveled  to 

elapsed  time.  Thus,  the  SI  unit  for  speed  is  the  SI  unit  for  distance  (length)  divid- 

ed by  the  SI  unit  for  time,  m/s,  which  we  read  as  "meters  per  second."  We  will  en- 
counter many  derived  units,  such  as  those  for  force,  pressure,  and  energy,  later  in 

this  text.  In  this  chapter  we  examine  the  derived  units  for  volume  and  density. 

Volume 

The  i'olumc  of  a  cube  is  given  bv  its  length  cubed,  (length)1.  Thus,  the  SI  unit 
of  volume  is  the  SI  unit  of  length  raised  to  the  third  power.  The  cubic  meter,  or 
m  ,  is  the  volume  of  a  cube  that  is  1  m  on  each  edge.  Smaller  units,  such 
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Units  of  Measurement 

as  cubic  centimeters,  cm  (sometimes  w  ritten  as  cc),  are  frequently  used  in 

chemistry-  Another  unit  of  volume  commonly  used  in  chemistry  is  the  liter 
(F),  which  equals  a  cubic  decimeter,  dnrr,  and  is  slightly  larger  than  a  quart. 
The  liter  is  the  first  metric  unit  we  have  encountered  that  is  not  an  SI  unit. 

There  are  L000  milliliters  (ml.)  in  a  liter  (Figure  1.19  ►),  and  each  milliliter  is 

the  same  volume  as  a  cubic  centimeter:  I  ml.  I  cm  '.  The  terms  milliliter  and 
cubic  centimeter  are  used  interchangeably  in  expressing  volume. 

The  devices  used  most  frequently  in  chemistry  to  measure  volume  are  il- 
lustrated in  Figure  1.20  T.  Syringes,  burets,  and  pipets  deliver  liquids  with 

more  precision  than  graduated  t  ylinders.  Volumetric  flasks  are  used  to  contain 
specific  volumes  of  liquid. 

Density 

Density  is  a  property  of  matter  that  is  widely  used  to  characterize  substances.  It 
is  defined  as  the  amount  of  mass  in  a  unit  volume  ot  the  substance: 

1  rrr 

I  )ensity  = 
mass 

volume 

[.3] 

The  densities  of  solids  and  liquids  are  commonly  expressed  in  units  of 

grams  per  cubic  centimeter  (g/cnr)  or  grams  per  milliliter  (g/mL).  The  densi- 
ties of  some  common  substances  are  listed  in  Fable  1.6  It  is  no  coincidence 

that  the  density  of  water  is  F00  g/mL;  the  gram  was  originally  defined  as  the 
mass  of  1  mL  of  water  at  a  specific  temperature.  Because  most  substances 
change  volume  when  heated  or  cooled,  densities  are  temperature  dependent. 

TABLE  1.6   Densities  of  Some  Selected  Substances  at  25°C 

Substance 

Density 

(g/cm3) 
Air ().()()] 

Balsa  wood 0.16 
Ethanol 0.79 
Water 1.00 

Ethylene  glycol 1.09 
Table  sugar 1.59 
Table  salt 2.16 
Iron 

7.9 

Gold 19.32 

1 I  Jin  '      I  I 

m  1  =  1  m  I 

I  cm 

A  Figure  1.19  Volume  relationships. 
The  volume  occupied  by  a  cube  that  is  1  m  on 

each  edge  is  a  cubic  meter,  1  m3  (top).  Each  cubic 
meter  contains  1000  dm3  (middle).  A  liter  is  the 
same  volume  as  a  cubic  decimeter,  1  L  -  1  dm3. Each  cubic  decimeter  contains  1000  cubic 
centimeters,  1  dm  1000  cm 
centimeter  equals  a  milliliter,  1  c 
(bottom). 

Each  cubic 
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4  Figure  1.20   Common  volumetric 
glassware.  The  graduated  cylinder,  syringe,  and 
buret  are  used  in  laboratories  to  deliver  variable 
volumes  of  liquid;  the  pipet  is  used  to  deliver  a 
specific  volume  of  liquid.  The  volumetric  flask 
contains  a  specific  volume  of  liquid  when  filled 
to  the  mark. 

Pipet Volumetric  flask 
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CHEMISTRY  AT  WORK  I  Chemistry  in  the  News 

Chemistry  is  a  very  lively,  active  field  of  science.  Because  it 

is  so  central  to  our  lives,  there'are  reports  on  matters  of 
chemical  significance  in  the  news  nearly  every  day.  Some  tell 

of  recent  breakthroughs  in  the  development  of  new  pharma- 
ceuticals, materials,  and  processes.  Others  deal  with  environ- 

mental and  public  safety  issues.  As  you  study  chemistry,  we 

hope  you  will  develop  the  skills  to  better  understand  the  im- 
pact of  chemistry  on  your  life.  You  need  these  skills  to  take 

part  in  public  discussions  and  debates  about  matters  related  to 
chemistry  that  affect  your  community,  the  nation,  and  the 

world.  By  vvav  of  examples,  here  are  summaries  of  a  few  re- 
cent stories  in  which  chemistry  plays  a  role. 

"Fueling  a  Miniature  Revolution" 
The  ready  availability  of  electric  cars  has  been  delayed  for  years 
by  problems  in  finding  a  suitable  energy  source.  The  batteries 
that  are  available  at  reasonable  cost  are  too  heavy,  and  they  can 
propel  a  car  only  a  limited  distance  before  needing  to  be 
recharged.  The  fuel  cell,  an  electrical  device  in  which  fuels  are 

used  to  directly  generate  electricity,  is  an  alternative  to  a  batten'. 
Experimental  vehicles  powered  bv  fuel  cells,  such  as  the  car 
shown  in  Figure  1.21  T,  are  now  commonly  displayed  on  the 

pages  of  magazines  and  newspapers,  offering  hope  that  some- 
day such  vehicles  will  be  a  practical  means  of  transportation. 
The  development  of  fuel  cells  for  transportation  has 

caused  some  to  propose  that  fuel  cells  might  also  be  practical 
for  small  electronic  devices  such  as  cell  phones  and  notebook 
computers.  As  these  devices  become  smaller,  faster,  and  more 
capable,  their  power  demands  increase.  Even  the  best  batteries 

are  hard-pressed  to  meet  the  need  for  lightweight,  portable 
power  sources  that  deliver  power  for  an  extended  period  of 
time.  Many  people  have  had  the  unfortunate  experience  of 

having  a  battery  go  dead  during  a  cell-phone  call  or  the  incon- 
venience of  having  to  carry  extra  batteries  or  charging  devices 

w  hile  trav  eling. 

Figure  1.21       'away  view  of  car  powered  by  fuel  cells. 

In  a  fuel  cell,  the  fuel  flows  through  the  cell  on  demand. 
Once  the  fuel  is  consumed,  more  can  be  added  to  make  the  cell 

produce  more  energy.  In  contrast,  batteries  are  sealed  systems, 
which  means  that  once  their  chemical  reactions  are  complete, 
the  user  has  to  either  recharge  the  batteries  or  buy  new  ones. 

Small-scale  fuel  cells  for  portable  electronic  devices  would  be 
the  size  of  conventional  battery  packs  but  weigh  considerably 
less.  Until  now,  successful  fuel  cells  have  required  the  use  of 

hydrogen  as  a  fuel.  One  of  the  keys  to  the  commercial  devel- 
opment of  small  cells  is  the  development  of  practical  systems, 

which  convert  a  hydrogen-containing  fuel  such  as  methanol 
into  the  hydrogen  that  the  cell  can  use. 

"Biting  into  Research  for  New  Dental  Materials" 
Rapid  changes  are  occurring  in  the  materials  that  dentists  use. 
Research  has  yielded  new  and  improved  ways  to  bond 
restorative  materials  to  teeth,  improvements  in  the  durability 
and  appearance  of  materials  used  to  restore  or  protect  teeth, 
and  improved  treatments  to  reduce  tooth  decay. 

For  example,  new  materials  are  being  developed  that  do 

not  merely  plug  the  cavities  caused  by  decay  and  the  dentist's 
drill,  but  are  biologically  active  and  stimulate  the  tooth  to  repair 

itself.  The  new  materials  contain  amorphous  calcium  phos- 
phate, which  releases  calcium  and  phosphate  to  tooth  struc- 

tures in  proportions  that  form  the  mineral  found  naturally  in  t 
teeth.  The  composition  is  not  useful  for  large  cavities  because  it 
is  not  as  strong  as  conv  entional  filling  materials,  but  it  is  useful 
for  fillings  in  small  cavities  and  to  seal  pits  and  fissures  in  teeth 
where  bits  of  food  can  accumulate  and  cause  decay. 

"Nanotechnologv:  Hype  and  Hope" 

The  past  15  years  have  witnessed  an  explosion  of  relatively  in- 
expensive equipment  and  techniques  for  probing  and  manip- 

ulating materials  on  the  nanometer-length  scale.  These 
capabilities  have  led  to  optimistic  forecasts  of  futuristic  nano- 
technologies  including  molecular-scale  machines  and  robots 
that  can  manipulate  matter  with  atomic  precision.  Many  be- 

lieve that  such  futuristic  visions  are  mere  hype,  while  others 

express  the  conviction  that  they  can  be  realized. 
Nanoscale  materials  exhibit  chemical  and  physical  prop- 

erties that  are  different  from  the  properties  of  bulk  materials. 
For  example,  carbon  can  be  made  to  form  tubular  structures  as 

shown  in  Figure  1 .22  ►.  These  tubes,  called  nanotubes,  resem- 
ble a  cylindrical  roll  of  chicken  wire.  When  nanotubes  are  per- 

fectly formed,  they  conduct  electricity  like  a  metal. 
Scientists  have  learned  that  the  electric  and  optical  prop- 

erties of  certain  nanometer-size  particles  can  be  tuned  by 

adjusting  the  particle  size  or  shape.  These  particles  are  there- 
fore of  interest  for  applications  in  various  kinds  of  electronic 

dev  ices.  For  example,  scientists  at  IBM's  T.  J.  Watson  Research 
Center  recently  generated  an  electric  current  in  a  single  carbon 
nanotube  by  shining  light  on  it.  By  developing  the  means  to 
control  light  and  electrical  current,  scientists  aim  to  produce 
tiny  optoelectronic  devices.  Although  such  applications  are 
still  years  from  commercial  fruition,  they  nevertheless  offer 
the  promise  of  dramatically  changing  not  only  the  size  of 
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4  Figure  1.22   A  section  of  carbon 
nanotube.  Each  intersection  in  the  network 
represents  a  carbon  atom  chemically  joined  to 
three  others. 

Axis  of  nanotube 

electronic  devices  and  many  other  items  but  also  the  way  they 
are  manufactured.  The  results  obtained  at  the  IBM  labs  also 

suggest  that  such  dev  ices  might  be  assembled  from  simpler, 
smaller  components  such  as  individual  molecules  and  other 
nanostructures.  This  approach  is  similar  to  the  one  nature  uses 
to  construct  complex  biological  architectures. 

"Got  Mercury?" 
The  Food  and  Drug  Administration  (FDA)  and  the  Environ- 

mental Protection  Agency  (EPA)  recently  issued  a  joint  adviso- 
ry about  fish  and  shellfish  consumption  for  people  at  risk 

from  exposure  to  high  mercury  levels,  namely  pregnant 
women,  nursing  mothers,  and  young  children.  According  to 
the  advisory,  people  in  these  populations  should  not  eat  shark, 

swordfish,  king  mackerel,  or  tilefish,  and  should  limit  their  in- 
take of  other  fish  as  well.  The  concern  is  based  on  the  fact  that 

nearly  all  fish  contain  at  least  traces  of  methylmercury 
(Figure  1.23  T),  a  biologically  activ  e  form  of  mercury. 

Tiny  amounts  of  mercury  vapor  occur  in  the  atmosphere, 

resulting  from  both  natural  sources  and  pollution.  In  the  Unit- 
ed States,  coal-fired  power  plants  are  the  largest  unregulated 

source  of  mercury  that  is  due  to  human  activities.  Mercury  in 

the  atmosphere  is  converted  to  simple  mercury-containing 

compounds  and  returned  to  Earth's  surface  in  rainwater.  The 
mercury  compounds  are  converted  to  methylmercury  by 
aquatic  bacteria.  Plankton  take  up  some  of  the  methylmercury, 
fish  eat  the  plankton,  and  bigger  fish  eat  them.  The  resultant 
accumulation  of  mercury  through  the  food  chain  can  produce 

mercury  levels  a  million  times  greater  in  fish  than  in  the  sur- 
rounding waters. 

When  we  eat  fish,  the  methylmercury  is  absorbed  from 

our  gastrointestinal  tract  and  distributed  widely  throughout 
our  body.  Methylmercury  produces  the  greatest  damage  in  the 
brain  and  central  nervous  system  where  it  causes  loss  of  nerve 

cells,  which  in  turn  results  in  neurological  problems.  The 

symptoms  of  acute  mercury  poisoning  include  numbness,  dif- 
ficulty in  speaking,  and  loss  of  coordination.  Fortunately, 

adults  are  able  to  release  about  1"..  of  their  methylmercury 
burden  daily  by  a  number  of  different  pathways.  For  infants, 
however,  these  mechanisms  are  not  fully  developed,  leading 
to  greater  potential  damage. 

"New  Elements  Created" 

Two  new  elements  were  reported  in  February  2004  as  a  result 

of  studies  performed  at  the  foint  Institute  for  Nuclear  Re- 
search (JINK)  in  Dubna,  Russia.  JINR  scientists  and  their  col- 

laborators from  Lawrence  Livermore  National  Lab  in 

California  announced  that  they  had  produced  4  atoms  of  a 
new  superheavy  element  (element  115)  by  striking  a  target  of 
americium  atoms  (element  95)  with  a  highly  energetic  beam  of 
calcium  atoms  in  a  dev  ice  called  a  particle  accelerator. 

The  atoms  of  element  115  last  only  90  milliseconds 

(L)0  ms)  before  decomposing  to  yet  another  new  element  (ele- 
ment 113).  Element  113  is  also  unstable,  lasting  a  little  over  a 

second.  Although  these  times  seem  very  short,  they  are  actual- 
ly long  compared  with  other  unstable  nuclei  of  comparable 

mass.  Mow  long  a  nucleus  lasts  before  falling  apart  is  a  mea- 
sure of  its  stability.  Theory  suggests  that  elements  in  the  vicin- 

ity of  element  114  in  the  periodic  table  should  be  more  stable 
than  other  heavy  nuclei.  Scientists,  however,  caution  that 
these  results  will  need  to  be  confirmed  by  others  before  they 
are  fully  accepted. 

Methylmercury  -  CH3Hg+ 

▲  Figure  1.23   Molecular  model  of  methylmercury. 
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When  reporting  densities,  the  temperature  should  be  specified.  If  no  tempera- 

ture is  reported,  we  usually  assume  that  the  temperature  is  25°C,  close  to  nor- 
mal room  temperature. 

I  he  terms  density  and  weight  are  sometimes  confused.  A  person  who  says 
that  iron  weighs  more  than  air  generally  means  that  iron  has  a  higher  density 
than  air;  I  kg  ot  air  lias  the  same  mass  as  1  kg  of  iron,  but  the  iron  occupies  a 
smaller  volume,  thereby  giving  it  a  higher  densitv.  If  we  combine  two  liquids 
that  do  not  mix,  the  less  dense  one  w  ill  float  on  the  more  dense  one. 

■i  SAMPLE  EXERCISE  1.4  |  Determining  density  and  using  density  to  determine  volume  or  mass 

(a)  Calculate  the  density  of  mercury  if  1.00  x  10"  g  occupies  a  volume  of  7.36  cm3. 
(b)  Calculate  the  volume  of  65.0  g  of  the  liquid  methanol  (wood  alcohol)  if  its  densitv  is  0.791  g/'mL. 
(c)  What  is  the  mass  in  grams  of  a  cube  of  gold  (density  =  19.32  g/cm3)  if  the  length  of  the  cube  is  2.00  cm? 
Solution 

Density 

Volume 

mass 

volume 
1.00  x  10- g 

7.36  cm"1 

65.0  g 

=  13.6 

g/cm 

densitv      0.791  g/mL 
82.2  ml. 

(a)  We  are  given  mass  and  volume, 
so  Equation  1.3  yields 

(b)  Solving  Equation  1.3  for  volume 
and  then  using  the  given  mass  and 
density  gives 

(c)  We  can  calculate  the  mass  from 
the  volume  of  the  cube  and  its  den- 

sitv. The  volume  of  a  cube  is  given 
by  its  length  cubed: 

Solving  Equation  1.3  for  mass  and 
substituting  the  volume  and  densitv 
of  the  cube,  we  have 

■■  PRACTICE  EXERCISE 

(a)  Calculate  the  density  of  a  374. 5-g  sample  of  copper  if  it  has  a  volume  of  41.8  cm  .  (b)  A  student  needs  15.0  g  of  ethanol  for  an 
experiment.  If  the  density  of  ethanol  is  0.789  g/mL,  how  many  milliliters  of  ethanol  are  needed?  (c)  What  is  the  mass,  in  grams,  of 
25.0  mL  of  mercury  (density  =  13.6  g/mL)? 
Answers:  (a)  8.96  g/cm3,  (b)  19.0  mL,  (c)  340  g 

Volume  =  (2.00  cm)1  =  (2.00)3cm3  =  8.00  cm3 

Mass  =  volume  <  density  =  (8.00  cm  )(19. 32  g/cm  )  =  155  g 

1.5  |  Uncertainty  in  Measurement  

There  are  two  kinds  of  numbers  in  scientific  work:  exact  numbers  (those  whose 
values  are  known  exactlv)  and  inexact  numbers  (those  whose  values  have  some 

uncertainty).  Most  of  the  exact  numbers  that  we  will  encounter  in  this  course 
have  defined  values.  For  example,  there  are  exactly  12  eggs  in  a  dozen,  exactly 

1000  g  in  a  kilogram,  and  exactly  2.54  cm  in  an  inch.  The  number  1  in  any  con- 
version factor  between  units,  as  in  1  m  =  100  cm  or  1  kg  =  2.2046  lb,  is  also  an 

activity  exact  number.  Exact  numbers  can  also  result  from  counting  numbers  of  objects. 

Uncertainly  m  Measurement  For  example,  we  can  count  the  exact  number  of  marbles  in  a  jar  or  the  exact 

number  of  people  in  a  classroom. 
Numbers  obtained  by  measurement  are  always  inexact.  There  are  always 

inherent  limitations  in  the  equipment  used  to  measure  quantities  (equipment 

errors),  and  there  are  differences  in  how  different  people  make  the  same  mea- 
surement (human  errors).  Suppose  that  ten  students  with  ten  balances  are 

given  the  same  dime  and  told  to  determine  its  mass.  The  ten  measurements  will 

probably  vary  slightly  from  one  another  for  various  reasons.  The  balances 
might  be  calibrated  slightly  differently,  and  there  might  be  differences  in  how 
each  student  reads  the  mass  from  the  balance.  Remember:  Uncertainties  always 
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exist  in  measured  quantities.  Counting  very  targe  numbers  of  objects  usually  has 

some  associated  error  as  well.  Consider,  for  example,  how  difficult  it  is  to  ob- 
tain accurate  census  information  for  a  city  or  vote  counts  for  an  election. 

Q    GIVE  IT  SOME  THOUGHT 

Which  of  the  following  is  an  inexact  quantity:  (a)  the  number  of  people  in  your 
chemistry  class,  (b)  the  mass  of  a  penny,  (c)  the  number  of  grams  in  a  kilogram? 

Precision  and  Accuracy 

The  terms  precision  and  accuracy  are  often  used  in  discussing  the  uncertainties 

of  measured  values.  Precision  is  a  measure  of  how  closely  indiv  idual  measure- 
ments agree  with  one  another.  Accuracy  refers  to  how  closely  individual  mea- 

surements agree  with  the  correct,  or  "true,"  value.  The  analogy  of  darts  stuck  in 
a  dartboard  pictured  in  Figure  1.24  ►  illustrates  the  difference  between  these 
two  concepts. 

In  the  laboratory  we  often  perform  sev  eral  different  "trials"  of  the  same  ex- 
periment. We  gain  confidence  in  the  accuracy  of  our  measurements  if  we  obtain 

nearly  the  same  value  each  time.  Figure  1.24  should  remind  us,  however,  that 

precise  measurements  could  be  inaccurate.  For  example,  if  a  very  sensitive  bal- 
ance is  poorly  calibrated,  the  masses  we  measure  will  be  consistently  either 

high  or  low.  They  will  be  inaccurate  ev  en  if  they  are  precise. 

Significant  Figures 

Suppose  you  determine  the  mass  of  a  dime  on  a  balance  capable  of  measuring 
to  the  nearest  0.0001  g.  You  could  report  the  mass  as  2.2405  ±  0.0001  g.  The  ± 

notation  (read  "plus  or  minus")  expresses  the  magnitude  of  the  uncertainty  of 
your  measurement.  In  much  scientific  work  we  drop  the  ±  notation  with  the 
understanding  that  there  is  always  some  uncertainty  in  the  last  digit  of  the 

measured  quantity.  That  is,  measured  quantities  are  generally  reported  in  such  a  way 
that  only  the  last  digit  is  uncertain. 

Figure  1.25  T  shows  a  thermometer  with  its  liquid  column  between  the 

scale  marks.  We  can  read  the  certain  digits  from  the  scale  and  estimate  the  un- 
certain one.  From  the  scale  marks  on  the  thermometer,  we  see  that  the  liquid  is 

between  the  25°C  and  30  C  marks.  We  might  estimate  the  temperature  to  be 
27CC,  being  somewhat  uncertain  of  the  second  digit  of  our  measurement. 

100  C 

-  SO'C 

■j  60°C 

\  40  C 

|:      20  C <  Figure  1.25   Significant  figures  in 
0  C  measurements.  The  thermometer  has  markings 

every  5°C.  The  temperature  is  between  25°C  and 
30°C  and  is  approximately  27°C.  The  two 
significant  figures  in  the  measurement  include  the 
second  digit,  which  is  estimated  by  reading 
between  the  scale  marks. 

Good  accuracy 

Good  precision 

Poor  accuracy 

Geod  precision 

Poor  accuracy 

Poor  precision 

▲  Figure  1.24   Precision  and  accuracy. 
The  distribution  of  darts  on  a  target  illustrates  the 
difference  between  accuracy  and  precision 
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All  digits  of  a  measured  quantity,  including  the  uncertain  one,  are  called 
significant  figures.  A  measured  mass  reported  as  2.2  g  has  two  significant  figures, 

whereas  one  reported  as  2.2405  g  has  five  significant  figures.  The  greater  the  num- 
ber of  significant  figures,  the  greater  is  the  certainty  implied  for  the  measurement. 

When  multiple  measurements  are  made  of  a  quantity,  the  results  can  be  averaged, 
and  the  number  of  significant  figures  estimated  by  using  statistical  methods. 

SAMPLE  EXERCISE  1.5  |  Relating  significant  figures  to  the  uncertainty  of  a 
measurement 

What  difference  exists  between  the  measured  values  4.0  g  and  4.00  g? 

Solution  Many  people  would  say  there  is  no  difference,  but  a  scientist  would  note 
the  difference  in  the  number  of  significant  figures  in  the  two  measurements.  The 
value  4.0  has  two  significant  figures,  while  4.00  has  three.  This  difference  implies  that 
the  first  measurement  has  more  uncertaintv.  A  mass  of  4.0  g  indicates  that  the  uncer- 
taintv  is  in  the  first  decimal  place  of  the  measurement.  Thus,  the  mass  might  be  any- 

thing between  3.9  and  4.1  g,  which  we  can  represent  as  4.0  ±  0.1  g.  A  measurement  of 
4.00  g  implies  that  the  uncertaintv  is  in  the  second  decimal  place.  Thus,  the  mass 
might  be  anything  between  3.99  and  4.01  g,  which  we  can  represent  as  4.00  ±  0.01  g. 
Without  further  information,  we  cannot  be  sure  whether  the  difference  in  uncertain- 

ties of  the  two  measurements  reflects  the  precision  or  accuracy  of  the  measurement. 

HI  PRACTICE  EXERCISE 

A  balance  has  a  precision  of  :t0.001  g.  A  sample  that  has  a  mass  of  about  25  g  is 
placed  on  this  balance.  How  many  significant  figures  should  be  reported  for  this 
measu  rement? 
Answer:  five,  as  in  the  measurement  24.995  g 

To  determine  the  number  of  significant  figures  in  a  reported  measurement,  i 
read  the  number  from  left  to  right,  counting  the  digits  starting  with  the  first 
digit  that  is  not  zero.  In  any  measurement  tliat  is  properly  reported,  all  nonzero  digits 
are  significant.  Zeros,  however,  can  be  used  either  as  part  of  the  measured  value 

or  merelv  to  locate  the  decimal  point.  Thus,  zeros  may  or  may  not  be  signifi- 
cant, depending  on  how  thev  appear  in  the  number.  The  following  guidelines 

describe  the  different  situations  involving  zeros: 

1.  Zeros  between  nonzero  digits  are  always  significant — 1005  kg  (four  signifi- 
cant figures);  1.03  cm  (three  significant  figures). 

c  2006  by 

Sidney  Harris 
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2.  Zeros  at  the  beginning  of  a  number  are  never  significant;  they  merely  indi- 
cate the  position  of  the  decimal  point — 0.02  g  (one  significant  figure); 

0.0026  cm  (two  significant  figures). 

3.  Zeros  at  the  end  of  a  number  are  significant  if  the  number  contains  a  decimal 

point — 0.0200  g  (three  significant  figures);  3.0  cm  (two  significant  figures). 

A  problem  arises  when  a  number  ends  with  zeros  but  contains  no  decimal 

point.  In  such  cases,  it  is  normally  assumed  that  the  zeros  are  not  significant. 
Exponential  notation  (Appendix  A)  can  be  used  to  clearly  indicate  whether 
zeros  at  the  end  of  a  number  are  significant.  For  example,  a  mass  of  10,300  g  can 

be  written  in  exponential  notation  showing  three,  four,  or  five  significant  fig- 
ures depending  on  how  the  measurement  is  obtained: 

1.03  X  104  g  (three  significant  figures) 

1.030  /  104  g  (four  significant  figures) 

1.0300  x  K)4g        (five  significant  figures) 

In  these  numbers  all  the  zeros  to  the  right  of  the  decimal  point  are  significant 
(rules  1  and  3).  (The  exponential  term  does  net  add  to  the  number  of  significant 
figures.) 

H  SAMPLE  EXERCISE  1.6  |  Determining  the  number  of  significant  figures  in  a 
measurement 

How  many  significant  figures  are  in  each  oi  the  following  numbers  (assume  that  each 

number  is  a  measured  quantity):  (a)  4.003,  (b)  6.023  X  1023,  (c)  5000? 
Solution  (a)  Four;  the  zeros  are  significant  figures,  (b)  Four;  the  exponential  term 
does  not  add  to  the  number  of  significant  figures,  (c)  One.  We  assume  that  the  zeros 
are  not  significant  when  there  is  no  decimal  point  shown.  It  the  number  has  more  sig- 

nificant figures,  a  decimal  point  should  he  employed  or  the  number  written  in  expo- 
nential notation.  Thus,  5000.  has  four  significant  figures,  whereas  5.00  X  10 1  has three. 

■1  PRACTICE  EXERCISE 

How  many  significant  figures  are  in  each  of  the  following  measurements:  (a)  3.549  »  ACTIVITY 

(b)  2.3  X  104  cm,  (c)  0.00134  m3?  ^    Significant  Figures Answers:  (a)  four,  (b)  two,  (c)  three 

Significant  Figures  in  Calculations 

When  carrying  measured  quantities  through  calculations,  the  least  certain  mea- 
surement limits  the  certainty  of  the  calculated  quantity  and  therein/  determines  the 

number  of  significant  figures  in  the  final  ansiuer.  The  final  answer  should  be  re- 
ported with  only  one  uncertain  digit.  To  keep  track  of  significant  figures  in  cal- 

culations, we  will  make  frequent  use  of  two  rules,  one  for  multiplication  and 
division  and  another  for  addition  and  subtraction. 

1.  For  multiplication  and  division,  the  result  contains  the  same  number  of  sig- 
nificant figures  as  the  measurement  with  the  fewest  significant  figures. 

When  the  result  contains  more  than  the  correct  number  of  significant  fig- 
ures, it  must  be  rounded  off.  For  example,  the  area  of  a  rectangle  whose 

measured  edge  lengths  are  6.22 1  cm  and  5.2  cm  should  be  reported  as 

32  cm-  even  though  a  calculator  shows  the  product  of  0.221  and  5.2  to 
have  more  digits: 

Area  =  (6.221  cm)(3.2  cm)  =  32.3492  cm2  =>  round  off  to  32  cm2 

We  round  off  to  two  significant  figures  because  the  least  precise  number — 
5.2  cm — has  only  two  significant  figures. 
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2.  For  addition  mid  subtraction,  the  result  has  the  same  number  of  decimal 

places  as  the  measurement  vvilh  the  fewest  decimal  places.  Consider  the 
following  example  in  which  the  uncertain  dibits  appear  in  color: 

This  number  limits 

the  number  ot  significant 

figures  in  the  result 

20.42  «—  two  decimal  places 

1.322  «—  three  decimal  places 

83.1  *—  one  decimal  place 

I04.S42  «-  round  off  to  104.  8 
(one  decimal  place) 

We  report  the  result  as  104.8  because  S3. 1  has  only  one  decimal  place. 

Notice  that  for  multiplication  and  division,  significant  figures  are  counted. 
For  addition  and  subtraction,  decimal  places  are  counted.  In  determining  the 
final  answer  for  a  calculated  quantity,  exact  numbers  can  be  treated  as  it  they 

have  an  infinite  number  of  significant  figures.  This  rule  applies  to  many  defini- 

tions between  units.  Thus,  when  we  say,  "There  are  12  inches  in  1  foot,"  the 
number  12  is  exact,  and  we  need  not  worry  about  the  number  of  significant  fig- 

ures in  it. 

In  rounding  off  numbers,  look  at  the  leftmost  digit  to  be  removed: 

•  If  the  leftmost  digit  removed  is  less  than  5,  the  preceding  number  is  left  un- 
changed. Thus,  rounding  7.24N  to  two  significant  figures  gives  7.2. 

•  It  the  leftmost  digit  removed  is  5  or  greater,  the  preceding  number  is  in- 
creased by  1.  Rounding  4.733  to  three  significant  figures  gives  4.74,  and 

rounding  2.376  to  two  significant  figures  gives  2.4.* 

■i  SAMPLE  EXERCISE  1.7  |  Determining  the  number  of  significant  figures  in  a 
calculated  quantity 

The  width,  length,  and  height  of  a  small  box  are  15.5  cm,  27.3  cm,  and  5.4  cm,  respec- 
tively. Calculate  the  volume  of  the  box,  using  the  correct  number  of  significant  fig- 

ures in  your  answer. 

Solution  The  volume  of  a  box  is  determined  by  the  product  of  its  width,  length,  and 
height.  In  reporting  the  product,  we  can  show  only  as  many  significant  figures  as 
given  in  the  dimension  with  the  fewest  significant  figures,  that  for  the  height  (two 
significant  figures): 

Volume  =  width  X  length  X  height 

=  (15.5  cm)(27.3  cm)(5.4  cm)  =  2285.01  cm3=»2.3  x  103cm3 

When  we  use  a  calculator  to  do  this  calculation,  the  display  shows  2285.01,  which  we 
must  round  off  to  two  significant  figures.  Because  the  resulting  number  is  2300,  it  is 
best  reported  in  exponential  notation,  2.3  X  10  ,  to  clearly  indicate  two  significant 

figures. 

Wm  PRACTICE  EXERCISE 

It  takes  10.5  s  for  a  sprinter  to  run  100.00  m.  Calculate  the  average  speed  of  the  sprint- 
er in  meters  per  second,  and  express  the  result  to  the  correct  number  of  significant 

figures. 
Answer:  9.52  m/s  (3  significant  figures) 

'  Your  instructor  may  want  you  to  use  a  slight  variation  on  the  rule  when  the  leftmost  digit  to  be  re- 
moved is  exactly  5,  with  no  following  digits  or  only  zeros.  ( )ne  common  practice  is  to  round  up  to 

the  next  higher  number  if  that  number  will  be  even,  and  down  to  the  next  lower  number  otherwise. 
I  hus,  4  7^1)  would  be  rounded  to  4.74,  and  4.7450  would  also  be  rounded  to  4.74. 



1.6         Dimensional  Analysis 

■1  SAMPLE  EXERCISE  1.8  |  Determining  the  number  of  significant  figures  in  a  calculated  quantity 

A  gas  at  25  C  fills  a  container  whose  volume  is  1.05  ■  10'  cm\  The  container  plus  gas  have  a  mass  of  837.6  g.  The  container,  when 
emptied  of  all  gas,  has  a  mass  of  836.2  g.  What  is  the  density  of  the  gas  at  25°C? 
Solution 
To  calculate  the  density,  we  must 
know  both  the  mass  and  the  volume 

of  the  gas.  The  mass  of  the  gas  is  |ust 
the  difference  in  the  masses  ol  the 

full  and  empty  container:  (837.6  -  836.2)  g  =  1.4  g 

In  subtracting  numbers,  we  determine  the  number  of  significant  figures  in  our  result  by  counting  decimal  places  in  each  quanti- 
ty. In  this  case  each  quantity  has  one  decimal  place.  Thus,  the  mass  of  the  gas,  1 .4  g,  has  one  decimal  place. 

Using  the  volume  given  in  the  ques-  mass               1-4  g 

tion,  1  05  X  103  cm\  and  the  defini-           Density  =  =  7^^^ tion  ot  density,  we  have  ^         ,  , 
-  1.3  •  10  'fi/cnT  =  0.0013  g/cnr 

In  dividing  numbers,  we  determine  the  number  of  significant  figures  in  our  result  by  counting  the  number  of  significant  figures 
in  each  quantity.  There  are  two  significant  figures  in  our  answer,  corresponding  to  the  smaller  number  of  significant  figures  in  the 
two  numbers  that  form  the  ratio. 

Hi  PRACTICE  EXERCISE 

To  how  many  significant  figures  should  the  mass  of  the  container  be  measured  (with  and  without  the  gas)  in  Sample  Exercise  1 .8 
in  order  for  the  density  to  be  calculated  to  three  significant  figures? 
Answer:  five  (In  order  for  the  difference  in  the  two  masses  to  have  three  significant  figures,  there  must  be  two  decimal  places  in 
the  masses  of  the  filled  and  empty  containers.) 

When  a  calculation  involves  two  or  more  steps  and  you  write  down  answers  for 

intermediate  steps,  retain  at  least  one  additional  digit — past  the  number  of  signifi- 
cant figures — for  the  intermediate  answers.  This  procedure  ensures  that  small  er- 
rors from  rounding  at  each  step  do  not  combine  to  affect  the  final  result.  When 

using  a  calculator,  you  may  enter  the  numbers  one  after  another,  rounding  only  the 

final  answer.  Accumulated  rounding-off  errors  may  account  for  small  differences 
among  results  you  obtain  and  answers  given  in  the  text  for  numerical  problems. 

1.6  |  Dimensional  Analysis  

Throughout  the  text  we  use  an  approach  called  dimensional  analysis  as  an  aid 

in  problem  solving.  In  dimensional  analysis  we  carry  units  through  all  calcula- 

tions. Units  are  multiplied  together,  divided  into  each  other,  or  "canceled." 
Using  dimensional  analysis  helps  ensure  that  the  solutions  to  problems  yield 

the  proper  units.  Moreover,  it  provides  a  systematic  way  of  solving  many  nu- 
merical problems  and  of  checking  our  solutions  for  possible  errors. 

The  key  to  using  dimensional  analysis  is  the  correct  use  of  conversion  fac- 
tors to  change  one  unit  into  another.  A  conversion  factor  is  a  fraction  whose  nu- 

merator and  denominator  are  the  same  quantity  expressed  in  different  units. 

For  example,  2.54  cm  and  1  in.  are  the  same  length,  2.54  cm  =  1  in.  This  rela- 
tionship allows  us  to  write  two  conversion  factors: 

2.54  cm  1  in. 
  and  1  in.  2.54  cm 

We  use  the  first  of  these  factors  to  convert  inches  to  centimeters.  For  exam- 

ple, the  length  in  centimeters  of  an  object  that  is  8.50  in.  long  is  given  by 
Desired  unit 

2  54  cm  ' Number  of  centimeters  =  (8.50  iyc.)  -  =21. hem 

Given  unit 
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The  unit  inches  in  the  denominator  of  the  conversion  factor  cancels  the  unit 

inches  in  the  given  data  (8.50  inches).  The  unit  centimeters  in  the  numerator  of 
the  conversion  factor  becomes  the  unit  of  the  final  answer.  Because  the  numer- 

ator and  denominator  of  a  conversion  factor  are  equal,  multiplying  any  quanti- 
ty by  a  conversion  factor  is  equivalent  to  multiplying  by  the  number  1  and  so 

does  not  change  the  intrinsic  value  of  the  quantity.  The  length  8.50  in.  is  the 
same  as  the  length  21 .6  cm. 

In  general,  we  begin  any  conversion  by  examining  the  units  of  the  given 
data  and  the  units  we  desire.  We  then  ask  ourselves  what  conversion  factors  we 

have  available  to  take  us  from  the  units  of  the  given  quantity  to  those  of  the  de- 
sired one.  When  we  multiply  a  quantity  by  a  conversion  factor,  the  units  multi- 

ply and  divide  as  follows: 

_.   desired  unit U4A^m-uTTif  X    desired  unit 

grvetrnnit 
If  the  desired  units  are  not  obtained  in  a  calculation,  then  an  error  must  have 

been  made  somewhere.  Careful  inspection  of  units  often  reveals  the  source  of 
the  error. 

Given: 

I 

Usel  45
3-6* 

/  
' 

lb 

Find: 

Mi  SAMPLE  EXERCISE  1.9  |  Converting  units 

If  a  woman  has  a  mass  of  115  lb,  what  is  her  mass  in  grams?  (Use  the  relationships  be- 
tween units  given  on  the  back  inside  cover  of  the  text.) 

Solution  Because  we  want  to  change  from  lb  to  g,  we  look  for  a  relationship  between 
these  units  of  mass.  From  the  back  inside  cover  we  have  1  lb  =  453.6  g.  In  order  to 
cancel  pounds  and  leave  grams,  we  write  the  conversion  factor  with  grams  in  the  nu- 

merator and  pounds  in  the  denominator: 

Mass  in  grams 

/  453.6  g 

5.22  x  104  g 

The  answer  can  be  given  to  only  three  significant  figures,  the  number  of  significant 
figures  in  115  lb.  The  process  we  have  used  is  diagrammed  in  the  margin. 

■I  PRACTICE  EXERCISE 

By  using  a  conversion  factor  from  the  back  inside  cover,  determine  the  length  in  kilo- 
meters of  a  500.0-mi  automobile  race. 

Answer:  804.7  km 

Q    GIVE  IT  SOME  THOUGHT 

How  do  we  determine  how  many  digits  to  use  in  conversion  factors,  such  as  the  one 
between  pounds  and  grams  in  Sample  Exercise  1.9? 

CHEMISTRY  |  Estimating  Answers 

A friend  onc  e  remarked  cynically  that  calculators  let  you 
get  the  wrong  answer  more  quickly  What  he  was  imply- 

ing by  that  remark  was  that  unless  you  have  the  correct  strate- 
gy for  solving  a  problem  and  have  punched  in  the  correct 

numbers,  the  answer  will  be  incorrect.  If  you  learn  to  estimate 
answers,  however,  ;  ou  will  be  able  to  check  whether  the  an- 

swers to  your  cak  ulations  are  reasonable. 

The  idea  is  to  make  a  rough  calculation  using  numbers 
that  are  rounded  off  in  such  a  way  that  the  arithmetic  can  be 
easily  performed  without  a  calculator.  This  approach  is  often 

referred  to  as  making  a  "ballpark"  estimate,  meaning  that 
while  it  doesn't  give  an  exact  answer,  it  gives  one  that  is 
roughly  the  right  size.  By  working  with  units  using  dimen- 

sional analysis  and  by  estimating  answers,  we  can  readily 
check  the  reasonableness  of  our  answers  to  calculations. 
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Using  Two  or  More  Conversion  Factors 

It  is  often  necessary  to  use  several  conversion  factors  in  solving  a  problem.  As 

an  example,  let's  convert  the  length  of  an  8.0()-m  rod  to  inches.  The  table  on  the 
back  inside  cover  doesn't  give  the  relationship  between  meters  and  inches.  It 
does  give  the  relationship  between  centimeters  and  inches  (1  in.  =  2.54  cm), 
though,  and  from  our  knowledge  of  metric  prefixes  we  know  that 

1  cm  =  l(r2  m.  Thus,  we  can  convert  step  by  step,  first  from  meters  to  centime- 
ters, and  then  from  centimeters  to  inches  as  diagrammed  in  the  margin. 

Combining  the  given  quantity  (8.00  m)  and  the  two  conversion  factors,  we 
have 

Number  of  inches  =  (8.00  m) 
100  cm 

I  m 
in 

2.54  cm 

=  315  in. 

The  first  conversion  factor  is  applied  to  cancel  meters  and  conv  ert  the  length 
to  centimeters.  Thus,  meters  are  written  in  the  denominator  and  centimeters 

in  the  numerator.  The  second  conversion  factor  is  written  to  cancel  centime- 
ters, so  it  has  centimeters  in  the  denominator  and  inches,  the  desired  unit,  in 

the  numerator. 

l  Ii\  en: m 

Use  j 

1  cm 

Ml)  2  m 
cm 

Use 1  in. 

i  2.34  cm 

Find:  in. 

■i  SAMPLE  EXERCISE  1.10  |  Converting  units  using  two  or  more  conversion 
factors 

The  average  speed  of  a  nitrogen  molecule  in  air  at  25'  C  is  515  m/s.  Conv  ert  this  speed 
to  miles  per  hour 

Solution  To  go  from  the  given  units,  m/s,  to  the  desired  units,  mi/hr,  we  must  con- 
vert meters  to  miles  and  seconds  to  hours.  From  the  relationships  given  on  the  back 

inside  cover  of  the  book,  we  find  that  1  mi  1.6093  km.  From  our  knowledge  of 
metric  prefixes  we  know  that  1  km  =  10  m.  Thus,  we  can  convert  m  to  km  and 
then  convert  km  to  mi.  From  our  knowledge  of  time  we  know  that  60  s  =  1  mm  and 
60  min  =  1  hr.  Thus,  we  can  convert  s  to  min  and  then  convert  min  to  hr. 

Applying  first  the  conversions  for  distance  and  then  those  for  time,  we  can  set 
up  one  long  equation  in  which  unwanted  units  are  canceled: 

/       m  \/  I  km  V      I  mi      \/  60*  \/60min\ 

Speed  in  «u/hr  -  (  5, 5  7  )(  -,-  J(  )(  — ■)(  -f^  J 

=  1.15  x  103  mi/hr 

Our  answer  has  the  desired  units.  We  can  check  our  calculation,  using  the  estimating 

procedure  described  in  the  previous  "Strategies"  box.  The  given  speed  is  about  500  m/s. 
Dividing  by  1000  converts  m  to  km,  giving  0.5  km/s.  Because  1  mi  is  about  1.6  km,  this 
speed  corresponds  to  0.5/1.6  =  0.3  mi/s.  Multiplying  by  60  gives  about 
0.3  X  60  =  20  mi/min.  Multiplying  again  by  60  gives  20  X  60  =  1200  mi/hr.  The  ap- 

proximate solution  (about  1200  mi/hr)  and  the  detailed  solution  (1150  mi/hr)  are  rea- 
sonably close.  The  answer  to  the  detailed  solution  has  three  significant  figures, 

corresponding  to  the  number  of  significant  figures  in  the  given  speed  in  m/s. 

■i  PRACTICE  EXERCISE 

A  car  travels  28  mi  per  gallon  of  gasoline.  How  many  kilometers  per  liter  will  it  go? 
Answer:  12  km/L 

Conversions  Involving  Volume 

The  conversion  factors  previously  noted  convert  from  one  unit  of  a  given  mea- 
sure to  another  unit  of  the  same  measure,  such  as  from  length  to  length.  We  also 

have  conversion  factors  that  convert  from  one  measure  to  a  different  one.  The 

density  of  a  substance,  for  example,  can  be  treated  as  a  conversion  factor  be- 
tween mass  and  volume.  Suppose  that  we  want  to  know  the  mass  in  grams  of 



i 
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two  cubic  inches  (2.00  in. ')  of  gold,  which  has  a  density  of  19.3  g  cm1.  The  den- 
sity gives  us  the  following  factors: 

19.3  g  l  cm3 

and   

lcm1  19.3  g 

Because  the  answer  we  want  is  a  mass  in  grams,  we  can  see  that  we  will  use  the 

first  of  these  factors,  which  has  mass  in  grams  in  the  numerator.  To  use  this  fac- 
tor, however,  we  must  first  conv  ert  cubic  inches  to  cubic  centimeters.  The  rela- 

tionship between  in.'  and  cm  is  not  given  on  the  back  inside  cover,  but  the 
relationship  between  inches  and  centimeters  is  given:  1  in.  =  2.54  cm  (exactly). 

Cubing  both  sides  of  this  equation  gives  (1  in.)1  =  (2.54  cm)1  from  which  we 
write  the  desired  conversion  factor: 

(2.54  cm)1      (2.54)3  cm3      16.39  cm3 

(lin.)1  (l)3in.3  1  in.1 

Notice  that  both  the  numbers  and  the  units  are  cubed.  Also,  because  2.54  is  an 

exact  number,  we  can  retain  as  many  digits  of  (2.54)'  as  we  need.  We  have  used 
four,  one  more  than  the  number  of  digits  in  the  density  (19.3  g/cm1).  Applying 
our  conversion  factors,  we  can  now  solve  the  problem: 

™.  Jl  16-39  cm1  V  193  8  \ Mass  in  grams  =  (2.00  mf)\  —      ,  — f    =  633  g 
V    1  irrf    J  \  1  cm'  / 

The  procedure  is  diagrammed  below.  The  final  answer  is  reported  to  three  signifi-  I 
cant  figures,  the  same  number  of  significant  figures  as  in  2.00  and  19.3. 

Given:  Find: 
Use  |= 

.3       a  -  1  m 

Use 

in.3 

Z2.54  cmV 

V  !  in.  ; 
cm 

19-3  g     La,,,,,, -°i„ri  1 

1  cm1 

HSAMPLEEXERCISEl.il  |  Converting  volume  units 

Earth's  oceans  contain  approximately  1.36  x  104  km-  of  water.  Calculate  the  volume in  liters. 

Solution  This  problem  involves  conversion  of  km-  to  L.  From  the  back  inside  cover 
of  the  text  we  find  1  L  =  10  m  ,  but  there  is  no  relationship  listed  involving  km  . 
From  our  knowledge  of  metric  prefixes,  however,  we  have  1  km  =  10  m,  and  we  can 
use  this  relationship  between  lengths  to  write  the  desired  conversion  factor  between 
volumes: 

I03m\3  lO^m1 
1  km  /       l  km3 

Thus,  conv  erting  from  km 1  to  m 1  to  L,  we  have 

Volume  in  liters  =  (1.36  x  10gkm3)(  10  "I  V     \  L  ,  )      1.36  X  10:i  L 

1  W  /  V  10"3 
M  PRACTICE  EXERCISE 

If  the  volume  of  an  object  is  reported  as  5.0  ft3,  what  is  the  volume  in  cubic  meters? Answer:  0.14  m 
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■1  SAMPLE  EXERCISE  1.12  |  Conversions  involving  density 

What  is  the  mass  in  grams  of  1.00  gal  of  water?  The  density  of  water  is  l.OOg  ml  . 

Solution  Before  we  begin  solving  tins  exer<  ise,  we  note  the  following: 

1.  We  are  given  1.00  gal  of  water  (the  known,  or  given,  quantity)  and  asked  to  calcu- 
late its  mass  in  grams  (the  unknown). 

2.  We  have  the  following  conversion  factors  either  given,  commonly  known,  or 
available  on  the  back  inside  cover  of  the  text: 

l.OOg  water        |  |  1  L       1  gal 

lmL  water     1000  mL    1.057  qt    4  qt 

The  first  of  these  conversion  factors  must  be  used  as  written  (with  grams  in  the 
numerator)  to  give  the  desired  result,  whereas  the  last  conversion  factor  must  be 
inv  erted  in  order  to  cancel  gallons: 

Mass  in  grams (1.00 gW  ~  )(  ~—\ h     \1  unl  A  ]  .1)57  qt  / 
U)00mi  \(  '00  g 

gal  J\  1.057  qt  /V      It      )\  1  mi. 

3.78  /  10' g  water 

The  units  of  our  final  answer  are  appropriate,  and  we've  also  taken  care  of  our  sig- 
nificant figures.  We  can  further  chec  k  our  calculation  by  the  estimation  procedure. 

We  can  round  1 .057  oft  to  I  Focusing  on  the  numbers  that  don't  equal  1  then  gives 
merely  4  x  1000  =  4000  g,  in  agreement  with  the  detailed  calculation. 

H  PRACTICE  EXERCISE 

The  density  of  benzene  is  0.879  g/mL.  Calculate  the  mass  in  grams  of  1.00  qt  of 
benzene. 

Answer:  832  g 

The  Importance  of  Practice STKATEGI1  S 

If  you've  ever  played  a  musical  instrument  or  participated  in 
athletics,  you  know  that  the  keys  to  success  are  practice  and 

discipline.  You  can't  learn  to  play  a  piano  merely  by  listening 
to  music,  and  you  can't  learn  how  to  pla\  basketball  merely  by 
watching  games  on  telev  ision.  Likewise,  you  can't  learn  chem- 

istry by  merely  watching  your  instructor  do  it.  Simplj  reading 
this  book,  listening  to  lectures,  or  reviewing  notes  will  not 
usually  be  sufficient  when  exam  time  comes  around.  Your  task 
is  not  merely  to  understand  how  someone  else  uses  chemistry, 
but  to  be  able  to  do  it  yourself.  I  hat  takes  practice  on  a  regular 

basis,  and  anything  that  you  have  to  do  on  a  regular  basis  re- 
quires self-discipline  until  it  becomes  a  habit. 

Throughout  the  book,  we  have  provided  sample  exercis- 
es in  which  the  solutions  are  shown  in  detail.  A  practice  exer- 

cise, for  which  only  the  answer  is  given,  accompanies  each 
sample  exercise.  It  is  important  that  you  use  these  exercises 
as  learning  aids.  End-of-chapter  exercises  provide  additional 

questions  to  help  you  understand  the  material  in  the  chapter 
Red  numbers  indicate  exercises  for  which  answ  ers  are  given 
.it  the  back  of  the  book.  A  rev  iew  ol  basic  mathematics  is 

giv  en  in  Appendix  A. 

The  practice  exercises  in  this  text  and  the  homework  as- 
signments given  by  your  instructor  provide  the  minimal 

practice  that  you  will  need  to  succeed  in  your  chemistn 
( ourse.  Only  by  working  all  the  assigned  problems  w  ill  you 
face  the  lull  range  ot  difficulty  and  coverage  that  your  in- 

structor expects  you  to  master  for  ex. mis  I  here  is  no  suhsli 
tute  tor  a  determined  and  perhaps  lengthy  effort  to  work 
problems  on  your  own.  II  you  do  get  stink  on  a  problem, 
however,  get  help  from  your  instructor,  a  teaching  assistant, 
a  tutor,  or  a  fellow  student.  Spending  an  inordinate  amount 
ol  time  on  a  single  exercise  is  rarely  effective  unless  vou 
know  that  it  is  particularly  challenging  and  requires  exten- 
siv  e  thought  and  effort. 
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SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  1.1  Chemistry  is  the  study 
of  the  composition,  structure,  properties,  and  changes  of 
matter.  The  composition  of  matter  relates  to  the  kinds  of 
elements  it  contains.  The  structure  of  matter  relates  to  the 

ways  the  atoms  of  these  elements  are  arranged.  A 

property  is  any  characteristic  that  gives  a  sample  of  mat- 
ter its  unique  identity.  A  molecule  is  an  entity  composed 

of  two  or  more  atoms  with  the  atoms  attached  to"  one  an- 
other in  a  specific  way. 

Section  1.2  Matter  exists  in  three  physical  states,  gas, 

liquid,  and  solid,  which  are  known  as  the  states  of  mat- 
ter. There  are  two  kinds  of  pure  substances:  elements 

and  compounds.  Each  element  has  a  single  kind  of  atom 

and  is  represented  by  a  chemical  symbol  consisting  of 

one  or  two  letters,  with  the  first  letter  capitalized.  Com- 
pounds are  composed  of  two  or  more  elements  joined 

chemically.  The  law  of  constant  composition,  also  called 
the  law  of  definite  proportions,  states  that  the  elemental 

composition  of  a  pure  compound  is  always  the  same. 
Most  matter  consists  of  a  mixture  of  substances.  Mixtures 

have  variable  compositions  and  can  be  either  homoge- 
neous or  heterogeneous;  homogeneous  mixtures  are 

called  solutions. 

Section  1.3  Each  substance  has  a  unique  set  of 
physical  properties  and  chemical  properties  that  can  be 
used  to  identify  it.  During  a  physical  change,  matter 
does  not  change  its  composition.  Changes  of  state  are 

physical  changes.  In  a  chemical  change  (chemical  reac- 
tion) a  suhstance  is  transformed  into  a  chemically  differ- 

ent substance.  Intensive  properties  are  independent  of 
the  amount  of  matter  examined  and  are  used  to  identify 

suhstances.  Extensive  properties  relate  to  the  amount  of 
substance  present.  Differences  in  physical  and  chemical 

properties  are  used  to  separate  substances. 
The  scientific  method  is  a  dynamic  process  used  to 

answer  questions  about  our  physical  world.  Observations 

and  experiments  lead  to  scientific  laws,  general  rules  that 
summarize  how  nature  behaves.  Observations  also  lead  to 

tentative  explanations  or  hypotheses.  As  a  hypothesis  is 
tested  and  refined,  a  theory  may  be  developed. 

Section  1.4  Measurements  in  chemistry  are  made  using 

the  metric  system.  Special  emphasis  is  placed  on  a  particu- 
lar set  of  metric  emits  called  SI  units,  which  are  based  on 

the  meter,  the  kilogram,  and  the  second  as  the  basic  units 

of  length,  mass,  and  time,  respectively.  The  metric  system 

employs  a  set  of  prefixes  to  indicate  decimal  fractions  or 
multiples  of  the  base  units.  The  SI  temperature  scale  is  the 
Kelvin  scale,  although  the  Celsius  scale  is  frequently  used 
as  well.  Density  is  an  important  property  that  equals  mass 
divided  by  volume. 

Section  1.5  .All  measured  quantities  are  inexact  to 
some  extent.  The  precision  of  a  measurement  indicates 
how  closely  different  measurements  of  a  quantity  agree 

with  one  another.  The  accuracy  of  a  measurement  indi- 
cates how  well  a  measurement  agrees  with  the  accepted 

or  "true"  value.  The  significant  figures  in  a  measured 
quantity  include  one  estimated  digit,  the  last  digit  of  the 
measurement.  The  significant  figures  indicate  the  extent 
of  the  uncertainty  of  the  measurement.  Certain  rules 

must  be  followed  so  that  a  calculation  involving  mea- 
sured quantities  is  reported  with  the  appropriate  number 

of  significant  figures. 

Section  1.6  In  the  dimensional  analysis  approach  to 

problem  solving,  we  keep  track  of  units  as  we  carry  mea- 
surements through  calculations.  The  units  are  multiplied 

together,  divided  into  each  other,  or  canceled  like  alge- 
braic quantities.  Obtaining  the  proper  units  for  the  final 

result  is  an  important  means  of  checking  the  method  of 
calculation.  When  converting  units  and  when  carrying 

out  several  other  types  of  problems,  conversion  factors 
can  be  used.  These  factors  are  ratios  constructed  from 

valid  relations  between  equiv  alent  quantities. 

VISUALIZING  CONCEPTS 

Visualizing  Concepts 

I  he  exercises  in  this  section  die  intended  to  probe  your  under- 
standing oi  key  concepts  rather  than  your  ability  to  utilize  for- 

mulas and  perform  c  alculations.  I  hose-  exercises  with  red 
exercise  numbers  ha\  e  answers  in  the  back  of  the  book. 

1.1  Which  ol  (he  following  figures  represents  (a)  a  pure  ele- 
ment, (b) .  mixture  of  two  elements,  (c)  a  pure  com- 

pound, (d)  a  i  lure  ol  an  element  and  a  compound? 
(More  than  ont      lure  might  til  each  description.) 
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Exercises 

1.2  Does  the  following  diagram  represent  a  chemical  or 
physical  change?  I  low  do  you  know? 

1.3  Identify  each  ol  the  following  as  measurements  ot 

length,  area,  volume,  mass,  density,  time,  or  tempera- 
ture: (a)  5  us,  (b)  5.5  kg  m  ,  (c)  0.88  pm,  (d)  540  km", 

(e)  173  K,  (f)  2  mm  ;,  (g)  23  ( 
1.4  The  following  dartboards  illustrate  the  tv  pes  ol  errors 

often  seen  when  one  measurement  is  repeated  several 

times,  the  bull's-eye  represents  the  "true  value,"  and 
the  darts  represent  the  experimental  measurements. 
Which  bod rd  best  represents  each  ol  the  following  sce- 

narios: (a)  measurements  both  accurate  and  precise, 

(b)  measurements  precise  but  inaccurate,  (c)  measure- 
ments imprecise  but  yield  an  accurate  average? 

EXERCISES 

Classification  and  Properties  of  Matter 

The  following  exercises  are  div  ided  into  sections  that  deal  with 
specific  topics  in  the  chapter.  These  exercises  are  grouped  in 

pairs,  with  the  answer  given  in  the  back  of  the  book  to  the  odd- 
numbered  one,  ds  indicated  by  the  red  exercise  number,  rhose 

exercises  whose  number  appears  in  brackets  are  more  challeng- 
ing than  the  nonbracketed  exen  ises 

1.9  Classify  each  of  the  following  as  a  pure  substance  or  a 
mixture;  it  a  mixture,  indicate  whether  it  is  homoge- 

neous or  heterogeneous:  (a)  rice  pudding,  (b)  seawater, 
(c)  magnesium,  (d)  gasoline. 

1.10  Classify  each  of  the  follow  ing  as  a  pure  substance  or  a 
mixture;  if  a  mixture,  indicate  whether  it  is  homoge- 

neous or  heterogeneous:  (a)  air,  (b)  tomato  juice,  (c)  io- 
dine crystals,  (d)  sand. 

1.11  Give  the  chemical  symbols  for  the  following  elements: 
(a)  sulfur,  (b)  potassium,  (c)  chlorine,  (d)  copper,  (e)  sili- 

con, (f)  nitrogen,  (g)  calcium,  (h)  helium. 

1.12  Give  the  chemical  symbol  for  each  ol  the  following  ele- 
ments: (a)  carbon,  (b)  sodium,  (c)  fluorine,  (d)  iron, 

(e)  phosphorus,  (f)  argon,  (g)  nickel,  (h)  silver. 

1.13  Name  the  chemical  elements  represented  by  the  follow- 
ing symbols:  (a)  Li,  (b)  Al,  (c)  Pb,  (d)  S,  (e)  Br,  (f)  Sn, 

(g)  Cr,  (h)  Zn. 

1.5  (a)  W  hat  is  the  length  of  the  pencil  in  the  following  figure 

if  the  scale  reads  in  centimeters1  I  low  main  significant 
figures  are  there  in  this  measurement1  (b)  An  oven  ther- 

mometer with  a  circular  scale  reading  degrees  I  ahrenheit 

is  shown.  What  temperature  does  the  scale  indicate1  I  low 

many  significant  figures  are  in  the  measurement1 

123456789 

1.6  What  is  wrong  with  the  following  statement1  twenty 
years  ago  an  ancient  artifact  was  determined  to  be  1900 
years  old.  It  must  now  be  1920  years  old. 

1.7  When  you  conv  ert  units,  how  do  you  decide  which  part 
of  the  conversion  factor  is  in  the  numerator  and  which  is 
m  the  denominator? 

1.8  Draw  a  logic  map  indicating  the  steps  you  would  take 
to  convert  miles  per  hour  to  kilometers  per  second. 
Writedown  the  conversion  factor  for  each  step,  as  done 

on  page  28. 

1.14  Name  each  ol  the  follow  ing  elements:  (a)  Co,  (b)  I, 
(c)  Kr,  (d)  Hg,  (e)  As,  (f)  H,  (g)  K,  (h)  Ge. 

1.15  A  solid  white  substance  A  is  heated  strongly  in  the  absence 
of  air.  It  decomposes  to  form  a  new  white  substance  P>  and 
a  gas  C.  The  gas  has  exactly  the  same  properties  as  the 
product  obtained  w  hen  carbon  is  burned  in  an  excess  ol 
oxygen.  Based  on  these  observ  ations,  can  we  determine 
whether  solids  A  and  15  and  the  gas  C  are  elements  or  com- 

pounds? Explain  your  conclusions  for  each  substance. 
1.16  In  1807  tlie  English  chemist  Humphry  l)av  v  passed  an 

electric  current  through  molten  potassium  hydroxide 
and  isolated  a  bright,  shiny  reactive  substance.  He 
claimed  the  discovery  of  a  new  element,  which  he 
named  potassium.  In  those  days,  before  the  advent  ol 
modern  instruments,  w  hat  was  the  basis  on  which  one 
could  claim  that  a  substance  was  an  element? 

1.17  In  the  process  of  attempting  to  characterize  a  substance, 

a  chemist  makes  the  following  observations:  I  he  sub- 
stance is  a  silvery  white,  lustrous  metal.  It  melts 

n4L>  C  and  boils  at  1105°C.  Its  density  at  20  (  is 
1.738  g.  cm  .  The  substance  burns  in  an,  producir 

intense  white  light.  It  reacts  with  chlorine  to  gi\  e  a  brit- 
tle white  solid.  The  substance  can  be  pounded  into  thin 

sheets  or  drawn  into  wires.  It  is  a  good  conductor  of 
electricity.  Which  ot  these  characteristics  are  physical 
properties,  and  which  are  chemical  properties? 
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1.18  Read  the  following  description  of  the  element  zinc,  and 

indicate  which  arc  "physical  properties  and  which  arc 
chemical  properties.  Zinc  is  a  silver-gray-colored  metal 

that  melts  at  420°C.  When  zinc  granules  are  added  to  di- 
lute sulfuric  acid,  hydrogen  is  given  off  and  the  metal  dis- 

solves. Zinc  has  a  hardness  on  fhe  Mohs  scale  of  23  and  a 

density  of  7. 13  g/cm  '  at  25°C.  It  reacts  slowly  with  oxygen 
gas  at  elev  ated  temperatures  to  form  zinc  oxide,  ZnO. 

1.19  Label  each  of  the  following  as  either  a  physical  process 
or  a  chemical  process:  (a)  corrosion  of  aluminum  metal, 

(b)  melting 'of  ice,  (c)  pulverizing  an  aspirin,  (d)  digest- 
ing a  candy  bar,  (e)  explosion  of  nitroglycerin. 

1.20  A  match  is  lit  and  held  under  a  cold  piece  of  metal.  The 
following  observations  are  made:  (a)  The  match  burns, 
(b)  the  metal  gets  warmer,  (c)  Water  condenses  on  the 
metal,  (d)  Soot  (carbon)  is  deposited  on  the  metal. 
Which  of  these  occurrences  are  due  to  physical  changes, 
and  which  .ire  due  to  chemical  changes? 

1.21  Suggest  a  method  of  separating  each  of  the  following 
mixtures  into  two,  components:  (a)  sugar  and  sand, 
(b)  iron  and  sulfur. 

1.22  A  beaker  contains  a  clear,  colorless  liquid.  If  it  is  water, 
how  could  you  determine  whether  it  contained  dis- 

solved table  s.ilt7  Ho  not  taste  it! 

Units  and  Measurement 

1.23  What  decimal  power  do  the  following  abbreviations  repre- 
sent: (a)  d,  (b)  c,  (c)  f,  (d)  lx,  (e)  M,  (f)  k,  (g)  n,  (h)  m,  (i)  p? 

1.24  Use  appropriate  metric  prefixes  to  write  the  following 
measurements  without  use  of  exponents: 

(a)  6.3?  ■  10  -L,  (b)6.5x  10hs,  (c)  4.5  ■  10  4  m, 

(d)4.23  •  10  um  \  (e)  12.5  ■  10  s  kg,  (f)  3.5  •  10  111  g, 
(g)6.54  ■  I09fs. 

1.25  Perform  the  following  conv  ersions:  (a)  25.5  mg  to  g, 

(b)  4.0  ■  10  "'  m  to  nm,  (c)  0.575  mm  to  fim. 
1.26  Convert  (a)  9.5  •   10  2  kg  to  g.  (b)  0.0023  /xm  to  nm; 

(c)  7.25  ■   10  4  s  to  ms. 
1.27  (a)  A  sample  of  carbon  tetrachloride,  a  liquid  once  used 

in  dry  cleaning,  has  a  mass  of  39.73  g  and  a  volume  of 

25.0  mL  at  25  C.  What  is  its  density  at  this  temperature1 
Will  carbon  tetrachloride  float  on  water?  (Materials  that 
are  less  dense  than  water  will  float.)  (b)  The  density  of 
platinum  is  21.45  g  cm  at  20  C.  Calculate  the  mass  of 

75.00  cm  1  of  platinum  at  this  temperature,  (c)  The  densi- 
ty of  magnesium  is  1 .738  g/cm 1  at  20°C.  What  is  the  vol- 

ume of  87.50  g  of  this  metal  at  this  temperature? 
1.28  (a)  A  cube  of  osmium  metal  1.500  cm  on  a  side  has  a 

mass  of  76.31  g  at  25  C.  What  is  its  density  in  g/cm3  at 
this  temperature!'  (b)  The  density  of  titanium  metal  is 
4.51  g/cm  at  25C.  What  mass  of  titanium  displaces 
65.8  mL  of  water  at  25°C?  (c)  The  density  of  benzene  at 

15°C  is  0.8787  g/mL.  Calculate  the  mass  of  0.1500  L  of 
benzene  at  this  temperature. 

1.29  (a)  To  identify  a  liquid  substance,  a  student  determined 
its  density.  Using  a  graduated  cylinder,  she  measured 
out  a  45-mL  sample  of  the  substance.  She  then  measured 
the  mass  of  the  sample,  finding  that  it  weighed  38.5  g. 

Shi'  knew  that  the  substance  had  to  be  either  isopropyl 
alcohol  (density  0.785  g/mL)  or  toluene  (density 
0.866  g  mL).  What  are  the  calculated  density  and  the 
probable  identity  ol  the  substance?  (b)  An  experiment 

requires  45.0  g  of  ethylene  glycol,  a  liquid  whose  densi- 
ty is  1.114  g  mL.  Rather  than  weigh  the  sample  on  a  bal- 

ance, a  chemist  chooses  to  dispense  the  liquid  using  a 
graduated  cylinder.  What  volume  of  the  liquid  should 

Uncertainty  in  Measurement 

1.35  Indicate  which  ol  the  following  are  exact  numbers: 
(a)  the  mass  o!  i  paper  clip,  (b)  the  surface  area  of  a 
dime,  (c)  the  nun,  r  of  inches  in  a  mile,  (d)  the  number 

ol  oun<  es  in  a  pouni  (e)  the  number  of  microseconds  in 
a  week,  (f)  the  number  of  pages  in  this  book. 

he  use?  (c)  A  cubic  piece  of  metal  measures  5.00  cm  on 
each  edge.  If  the  metal  is  nickel,  whose  density  is 
8.90  g/cm  ,  what  is  the  mass  of  the  cube? 

1.30  (a)  After  the  label  fell  off  a  bottle  containing  a  clear  liq- 
uid believed  to  be  benzene,  a  chemist  measured  the 

density  of  the  liquid  to  verify  its  identity.  A  25.0-mL 
portion  of  the  liquid  had  a  mass  of  21.95  g.  A  chem- 

istry handbook  lists  the  density  of  benzene  at  15°C  as 
0.8787  g/mL.  Is  the  calculated  density  in  agreement 

with  the  tabulated  v  alue7  (b)  An  experiment  requires 

15.0  g  of  cyclohexane,  whose  density  at  25°C  is 
0.7781  g/mL.  What  volume  of  cyclohexane  should  be 
used?  (c)  A  spherical  ball  of  lead  has  a  diameter  of 
5.0  cm.  What  is  the  mass  of  the  sphere  if  lead  has  a 

density  of  11.34  g/cm3?  (The  volume  of  a  sphere  is 
(4)ttC  where  r  is  the  radius.) 

|1.31]  Gold  can  be  hammered  into  extremely  thin  sheets  called 

gold  leaf.  If  a  200-mg  piece  of  gold  (density  = 
19.32  g/cirT)  is  hammered  into  a  sheet  measuring 

2.4  ■  1.0  ft,  what  is  the  average  thickness  of  the  sheet  in 
meters?  How  might  the  thickness  be  expressed  without 
exponential  notation,  using  an  appropriate  metric  prefix? 

11.32]  A  cylindrical  rod  formed  from  silicon  is  16.8  cm  long 
and  has  a  mass  of  2.17  kg.  The  density  of  silicon  is 

2.33  g  cm  .  What  is  the  diameter  of  the  cylinder7  (The 
volume  of  a  cylinder  is  given  by  irr  h,  where  r  is  the  ra- 

dius, and  //  is  its  length.) 

1.33  Make  the  following  conversions:  (a)  62"F  to  C,  (b)  216.7CC 
to  F,  (c)  233  C  to  K,  (d)  315  K  to  °F,  (e)  2500°F  to  K. 

1.34  (a)  The  temperature  on  a  warm  summer  day  is  87°F. 
What  is  the  temperature  in  C?  (b)  Many  scientific  data 

are  reported  at  25°C  What  is  this  temperature  in  kelvins 
and  in  degrees  Fahrenheit?  (c)  Suppose  that  a  recipe 

calls  for  an  oven  temperature  of  175°F.  Convert  this  tem- 
perature to  degrees  Celsius  and  to  kelvins.  (d)  The  melt- 

ing point  of  sodium  bromide  (a  salt)  is  755°C  Calculate 
this  temperature  in  °F  and  in  kelvins.  (e)  Neon,  the 
gaseous  element  used  to  make  electronic  signs,  has  a 

melting  point  of  -248.6  C  and  a  boiling  point  of 
-246.1  C.  Convert  these  temperatures  to  kelvins. 

1.36  Indicate  which  of  the  following  are  exact  numbers: 
(a)  the  mass  of  a  32-oz  can  of  coffee,  (b)  the  number  of 
students  in  your  chemistry  class,  (c)  the  temperature  of 
the  surface  of  the  sun,  (d)  the  mass  of  a  postage  stamp, 
(e)  the  number  of  milliliters  in  a  cubic  meter  of  water, 

(f)  the  average  height  of  students  in  your  school. 



1.37  What  is  the  number  of  significant  figures  in  each  of  the 
following  measured  quantities?  (a)  358  kg,  (b)  0.054  s, 

(c)  6.3050  cm,  (d)  0.0105  L,  (e)  7.0500  x  10  3  m\ 
1.38  Indicate  the  number  of  significant  figures  in  each  of  the  fol- 

lowing measured  quantities:  (a)  3.7745  km,  (b)  205  m  , 
(c)  1.700  cm,  (d)  350.0  K,  (e)  307.080  g. 

1.39  Round  each  of  the  following  numbers  to  four  significant 
figures,  and  express  the  result  in  standard  exponential 
notation:    (a)  102.53070,    (b)  656,980,    (c)  0.008543210, 

(d)  0.000257870,  (e)  -0.0357202. 
1.40  (a)  The  diameter  of  Earth  at  the  equator  is  7926.381  mi. 

Round  this  number  to  three  significant  figures,  and 
express  it  in  standard  exponential  notation,  (b)  The 

Dimensional  Analysis 

1.43  Using  the  information  on  the  back  inside  cover  and  your 
knowledge  of  English  units,  write  down  the  conversion 

factors  needed  to  convert  (a)  cm  to  ft,  (b)  in. '  to  cm  '. 
1.44  Using  the  information  on  the  back  inside  cover,  write 

down  the  conversion  factors  needed  to  convert  (a)  mi  to 

km,  (b)  qt  to  L. 

1.45  Perform  the  following  conversions:  (a)  0.07(1  I.  to  mL, 

(b)  5.0  -  10-8  m  to  nm,  (c)  6.88  ■  10s  ns  to  s,  (d)  0.50  lb 
tog,  (e)  1.55  kg/m3  tog  L,  (f)  5.850  gal  hr  to  L/s. 

1.46  (a)  The  speed  of  light  in  a  vacuum  is  2.998  •  10*  m  s. 
Calculate  its  speed  in  km  hr.  (b)  The  Sears  Tower  in 
Chicago  is  1454  ft  tall.  Calculate  its  height  in  meters. 
(c)  The  Vehicle  Assembly  Building  at  the  Kennedy  Space 
Center  in  Florida  has  a  volume  of  3,666,500  m  .  Convert 

this  volume  to  liters,  and  express  the  result  in  standard 
exponential  notation,  (d)  An  individual  suffering  from  a 

high  cholesterol  level  in  her  blood  lias  232  mg  of  choles- 
terol per  100  mL  of  blood.  It  the  total  blood  volume  of 

the  individual  is  5.2  L,  how  many  grams  of  total  blood 

cholesterol  does  the  individual's  body  contain? 

1.47  Perform  the  following  conversions:  (a)  5.01)  days  to  s, 
(b)  0.0550  mi  to  m,  (c)$1.89/gal  to  dollars  per  liter, 
(d)  0.510  in./ms  to  km/hr,  (e)  2230  gal  mm  to  L/s, 

(f)  0.02500  ft3  to  cm3. 
1.48  Carry  out  the  following  conversions:  (a)  0.105  in.  to  mm, 

(b)  0.870  qt  to  mL,  (c)  8.75  fim/s  to  km  hr,  (d)  4.733  yd  '  to 
m\  (e)  $3.99/lb  to  dollars  per  kg,  (f)  S.75  lb/ft3  to  g/mL. 

1.49  (a)  How  many  liters  of  wine  can  be  held  in  a  wine  barrel 
whose  capacity  is  31  gal?  (b)  The  recommended  adult 

dose  of  Elixophyllii"r,  a  drug  used  to  treat  asthma,  is 
6  mg/kg  of  body  mass.  Calculate  the  dose  in  milligrams 
for  a  150-lb  person,  (c)  It  an  automobile  is  able  to  travel 
254  mi  on  1 1 .2  gal  of  gasoline,  what  is  the  gas  mileage  in 

km/L?  (d)  A  pound  of  coffee  beans  yields  50  cups  of  cof- 
fee (4  cups  =  f  qt).  How  many  milliliters  of  coffee  can 

be  obtained  from  1  g  of  coffee  beans? 

Additional  Exercises 

The  exercises  in  this  section  are  not  divided  by  category,  al- 
though they  are  roughly  in  the  order  of  the  topics  in  the  chapter. 

They  are  not  paired. 

1.57  What  is  meant  by  the  terms  composition  and  structure 
when  referring  to  matter? 
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circumference  of  Earth  through  the  poles  is  40,008  km. 
Round  this  number  to  four  significant  figures,  and  ex- 

press it  in  standard  exponential  notation. 

1.41  Carry  out  the  following  operations,  and  express  the  an- 
swers with  the  appropriate  number  of  significant  figures: 

(a)  12.0550  +  9.05,  (b)  257.2  -  19.789, 

(c)(6.21  x  103)(0.1050),(d)  0.0577/0.753. 
1.42  Carry  out  the  following  operations,  and  express  the  an- 

swer with  the  appropriate  number  of  significant  figures: 
(a)  320.55  -  (6104.5  2.3), 

(b)  [(285.3  x  kf)  -  (1.200  x  103)]  X  2.8954, 
(c)  (0.0045  ■  20,000.0)  +  (2813  ■  12), 
(d)  863  x  [1255  -  (3.45  x  108)]. 

1.50  (a)  It  an  electric  car  is  capable  of  going  225  km  on  a  single 
charge,  how  many  charges  will  it  need  to  travel  from 
Boston,  Massachusetts,  to  Miami,  Florida,  a  distance  ot 
1486  mi,  assuming  that  the  trip  begins  with  a  full  charge? 
(b)  If  a  migrating  loon  flies  at  an  av  erage  speed  ot  14  m  s, 
what  is  its  average  speed  in  mi  hr?  (c)  What  is  the  engine 

piston  displacement  in  liters  ot  an  engine  whose  displace- 
ment is  listed  as  450  in.3?  (d)  In  March  1989  the  Exxon 

Valdez  ran  aground  and  spilled  240,000  barrels  of  crude  pe- 
troleum off  the  coast  of  Alaska.  One  barrel  of  petroleum  is 

equal  to  42  gal.  How  many  liters  of  petroleum  were  spilled  ? 
1.51  The  density  of  air  at  ordinary  atmospheric  pressure  and 

25  C  is  1.19  g/L.  What  is  the  mass,  in  kilograms,  of  the 
air  in  a  room  that  measures  12.5  •  15.5  ■  S.O  ft7 

1.52  The  concentration  of  carbon  monoxide  in  an  urban  apart- 
ment is  48/xg/m  .  What  mass  of  carbon  monoxide  in 

grams  is  present  in  a  room  measuring  4.0  •  14.5  ■  18.8  ft? 
1.53  By  using  estimation  techniques,  arrange  these  items  in 

order  from  shortest  to  longest:  a  57-cm  length  ot  string, 
a  14-in.  long  shoe,  and  a  l.l-m  length  of  pipe. 

1.54  By  using  estimation  techniques,  determine  which  ot  the 
following  is  the  heaviest  and  which  is  the  lightest:  a  5-lb 
bag  of  potatoes,  a  5-kg  bag  ot  sugar,  or  1  gal  ot  water 
(density  =  1 .0  g/mL). 

[1.55]  The  Morgan  silver  dollar  has  a  mass  of  26.73  g.  By  law,  it 

was  required  to  contain  90",,  silver,  with  the  remainder 
being  copper,  (a)  When  the  com  w  as  minted  in  the  late 
1800s,  silver  was  worth  Sl.LS  per  trov  ounce  (31.1  g).  At 

this  price,  what  is  the  value  of  the  silver  in  the  silver  dol- 
lar? (b)  Today,  silver  sells  tor  about  $5.30  per  trov  ount  e 

How  many  Morgan  silver  dollars  are  required  to  obtain 
$25.00  worth  of  pure  silv  er7 

[1.56]  A  copper  refinery  produces  a  copper  ingot  weighing 
150  lb.  If  the  copper  is  drawn  into  w  ire  whose  diameter  is 
8.25  mm,  how  many  feet  of  copper  can  be  obtained  from 

the  ingot?  The  density  of  copper  is  8.94  g  cm  '.  (.Assume 
that  the  wire  is  a  cylinder  whose  volume  is  V  =  nrli, 
where  r  is  its  radius  and  //  is  its  height  or  length.) 

1.58  (a)  Classify  each  of  the  following  as  a  pure  substance,  , 
solution,  or  a  heterogeneous  mixture:  a  gold  coin  a  cup 
of  coffee,  a  wood  plank,  (b)  What  ambiguities  are  there 
in  answering  part  (a)  from  the  descriptions  gi\  eiT 

1.59  (a)  What  is  the  difference  between  a  hypothesis  and  a 
theory?  (b)  Explain  the  difference  between  a  theory  and 
a  scientific  law.  Which  addresses  how  matter  behaves, 
and  which  addresses  why  it  behaves  that  w  ay? 
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1.60  A  sample  of  ascorbic  acid  (vitamin  C)  is  synthesized  in 
the  laboratory.  It  contains  1.50  g  of  carbon  and  2.00  g  of 
oxygen.  Another  sample  of  ascorbic  acid  isolated  from 
citrus  fruits  contains  6.35  g  of  carbon.  How  many  grams 
of  oxygen  does  it  contain?  Which  law  are  you  assuming 
in  answering  this  question?. 

1.61  Two  students  determine  the  percentage  of  lead  in  a  sam- 
ple as  a  laboratory  exercise.  The  true  percentage  is 

22.52"...  The  students'  results  for  three  determinations 
are  as  follows: 
1.  22.52,22.48,22.54 

2.  22.64*22.58,22.62 
(a)  Calculate  the  average  percentage  for  each  set  of  data, 
and  tell  which  set  is  the  more  accurate  based  on  the  av  - 

erage, (b)  Precision  can  be  judged  by  examining  the 
average  of  the  deviations  from  the  average  value  for 
that  data  set.  (Calculate  the  average  value  for  each  data 
set,  then  calculate  the  av  erage  value  of  the  absolute  de- 

viations of  each  measurement  from  the  average.)  Which 
set  is  more  precise? 

1.62  Is  the  use  of  significant  figures  in  each  of  the  following 
statements  appropriate?  Why  or  whv  not?  (a)  The  2000 
circulation  of  National  Geographic  was  8,783,752.  (b)  In 
July  2003  the  population  of  Cook  County,  Illinois,  was 
5,351,552.  (c)  The  average  annual  rainfall  in  San  Diego, 
California,  is  20.54  cm.  (d)  In  the  United  States,  0.621% 

of  the  population  has  the  surname  Brown. 

1.63  What  type  of  quantity  (for  example,  length,  volume, 

density)  do  the  following  units  indicate:  (a)  mL,  (b)  cm", 
(c)  mm',  (d)  mg/L,  (e)  ps,  (f)  nm,  (g)  K? 

1.64  Give  the  derived  SI  units  for  each  of  the  following  quan- 
tities in  base  SI  units:  (a)  acceleration  =  distance/time"; 

(b)  force  =  mass  <  acceleration; 

(c)  work  =  force  ■  distance;  (d)  pressure  =  force/area; 
(e)  power  =  work/time. 

1.65  The  liquid  substances  mercury  (density  =  13.5  g/mL), 
water  (1.00  g/  mL),  and  cyclohexane  (0.778  g/mL)  do  not 
form  a  solution  when  mixed,  but  separate  in  distinct 

layers.  Sketch  how  the  liquids  would  position  them- 
selves in  a  test  tube. 

1.66  A  40-lb  container  of  peat  moss  measures 
14  ■  20  X  30  in.  A  40-lb  container  of  topsoil  has  a  vol- 

ume of  1.9  gal.  (a)  Calculate  the  average  densities  of  peat 
moss  and  topsoil  in  units  of  g/cm\  Would  it  be  correct  to 

sciv  that  peat  moss  is  "lighter"  than  topsoil?  Explain, 
(b)  How  many  bags  of  the  peat  moss  are  needed  to  cover 
an  area  measuring  10.  ft  by  20.  ft  to  a  depth  of  2.0  in.? 

1.67  Small  spheres  of  equal  mass  are  made  of  lead 

(density  =  11.3g/em3),  silver  (10.5  g/crrT),  and  alu- 
minum (2.70  g/cm3).  Which  sphere  has  the  largest  diam- 

eter, and  which  has  the  smallest? 

1.68  The  annual  production  of  sodium  hydroxide  in  the  Unit- 
ed States  in  1999  was  23.2  billion  pounds,  (a)  How  many 

grams  of  sodium  hydroxide  were  produced  in  that  year? 
(b)  The  density  of  sodium  hydroxide  is  2.130  g/cm\  How 
many  cubic  kilometers  were  produced? 

1.69  (a)  You  are  given  a  bottle  that  contains  4.59cm  of  a 
metallic  solid.  The  total  mass  of  the  bottle  and  solid  is 

35.66  g.  The  empty  bottle  weighs  14.23  g.  What  is  the 
density  of  the  solid?  (b)  Mercury  is  traded  by  the 

"flask,"  a  unit  that  has  a  mass  of  34.5  kg.  What  is  the  vol- 
ume of  a  flask  of  mercury  if  the  density  of  mercury  is 

13.5  g/mL?  (c)  A  thief  plans  to  steal  a  gold  sphere  with  a 
radius  of  28.9  cm  from  a  museum.  If  the  gold  has  a  den- 

sity of  19.3  g/cm  ,  what  is  the  mass  of  the  sphere?  [The 
volume  of  a  sphere  is  V  =  (4/3)7rr\]  Is  he  likely  to  be 
able  to  walk  off  with  it  unassisted? 

1.70  Automobile  batteries  contain  sulfuric  acid,  which  is  com- 

monly referred  to  as  "battery  acid."  Calculate  the  number 
of  grams  of  sulfuric  acid  in  0.500  L  of  battery  acid  if  the  so- 

lution has  a  density  of  1.28  g/mL  and  is  38.1%  sulfuric 
acid  by  mass. 

[1.71]  A  32.65-g  sample  of  a  solid  is  placed  in  a  flask.  Toluene, 
in  which  the  solid  is  insoluble,  is  added  to  the  flask  so 
that  the  total  volume  of  solid  and  liquid  together  is 
50.00  mL.  The  solid  and  toluene  together  weigh  58.58  g. 

The  density  of  toluene  at  the  temperature  of  the  experi- 
ment is  0.864  g/mL.  What  is  the  density  of  the  solid? 

[1.721  Suppose  you  decide  to  define  your  own  temperature 

scale  using  the  freezing  point  (-11.5°C)  and  boiling 
point  (197.6°C)  of  ethylene  glycol.  If  you  set  the  freezing 
point  as  0°G  and  the  boiling  point  as  100°G,  what  is  the 
freezing  point  of  water  on  this  new  scale? 

1.73  Recently,  one  of  the  text  authors  completed  an  exactly 
10-mi  road  race,  in  a  time  of  1  hr,  25  min,  and  14  s. 

(a)  What  was  the  runner's  average  speed  in  miles  per 
hour?  (b)  What  was  the  runner's  pace  in  minutes  and 
seconds  per  mile? 

1.74  The  distance  from  Earth  to  the  Moon  is  approximately 
240,000  mi.  (a)  What  is  this  distance  in  meters?  (b)  The 
Concorde  SST  has  an  air  speed  of  about  2400  km/hr.  If 
the  Concorde  could  fly  to  the  Moon,  how  many  seconds 
would  it  take? 

1.75  The  U.S.  quarter  has  a  mass  of  5.67  g  and  is  approxi- 
mately 1.55  mm  thick,  (a)  How  many  quarters  would 

have  to  be  stacked  to  reach  575  ft,  the  height  of  the 
Washington  Monument?  (b)  How  much  would  this 
stack  weigh?  (c)  How  much  money  would  this  stack 
contain?  (d)  In  2004  the  national  debt  was  $7.2  trillion. 

How  many  stacks  like  the  one  described  would  be  nec- 
essary to  pay  off  this  debt? 

1.76  In  the  United  States,  water  used  for  irrigation  is  mea- 
sured in  acre-feet.  An  acre-foot  of  water  covers  an  acre 

to  a  depth  of  exactly  1  ft.  An  acre  is  4840  yd2.  An  acre- 
foot  is  enough  water  to  supply  two  typical  households 

for  1.00  yr.  (a)  If  desalinated  water  costs  $2480  per  acre- 
foot,  how  much  does  desalinated  water  cost  per  liter? 
(b)  How  much  would  it  cost  one  household  per  day  if  it 
were  the  only  source  of  water? 

[1.77]  A  package  of  aluminum  foil  contains  50  ft"  of  foil,  which 
weighs  approximately  8.0  oz.  Aluminum  has  a  density 

of  2.70  g/cm3.  What  is  the  approximate  thickness  of  the foil  in  millimeters? 

[1.78]  A  15.0-cm  long  cylindrical  glass  tube,  sealed  at  one  end, 
is  filled  with  ethanol.  The  mass  of  ethanol  needed  to  fill 

the  tube  is  found  to  be  11.86  g.  The  density  of  ethanol  is 
0.789  g/mL.  Calculate  the  inner  diameter  of  the  tube  in 
centimeters. 

[1.79]  Gold  is  alloyed  (mixed)  with  other  metals  to  increase  its 
hardness  in  making  jewelry,  (a)  Consider  a  piece  of  gold 
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jewelry  that  weighs  9.85  g  and  has  a  volume  of 
0.675  cm  .  rhe  jewelry  contains  only  gold  and  silver, 

which  have  densities  ot  \L> .3  g  cm  '  and  10.5  g  cm  ,  re- 
spectively. Assuming  that  the  total  volume  of  the  jewel- 

ry is  the  sum  of  the  volumes  ol  the  gold  and  silver  that  it 
contains,  calculate  the  percentage  of  gold  (by  mass)  in 
the  jewelry,  (b)  The  relative  amount  ol  gold  in  an  alloy  is 

commonly  expressed  in  units  of  carats.  Pure  gold  is  24- 
carat,  and  the  percentage  of  gold  in  an  alloy  is  given  as  a 
percentage  of  this  value.  For  example,  an  alloy  that  is 
50%  gold  is  12-carat.  State  the  purity  of  the  gold  jewelry 
in  carats. 

|1.80|  Suppose  you  are  given  a  sample  of  a  homogeneous  liq- 
uid What  would  you  do  to  determine  whether  it  is  a  so- 

lution or  a  pure  substance? 

[1.811  Chromatography  (Figure  1.14)  is  a  simple,  but  reliable, 
method  tor  separating  a  mixture  into  its  constituent  sub- 

stances. Suppose  you  are  using  chromatography  to  sep- 
arate a  mixture  of  two  substances.  I  low  would  you 

know  whether  the  separation  is  sun  rssl  u  1 1  Can  you 
propose  a  means  of  quantifying  how  good  or  how  poor 

the  separation  is7 
|1.82|  You  are  assigned  the  task  of  separating  a  desired  granu- 

lar material,  with  a  density  of  3.62  g  cm  ,  from  an  unde- 
sired  granular  material  that  has  a  density  ol  2.04  g/cm  . 
You  want  to  do  this  by  shaking  the  mixture  in  a  liquid  in 
which  the  heavier  material  will  lall  to  the  bottom  and 

the  lighter  material  will  float.  A  solid  will  float  on  any 

liquid  that  is  more  dense.  Using  a  handbook  of  chem- 
istry, find  the  densities  of  the  following  substances:  car- 

bon tetrachloride,  hexane,  benzene,  and  methylene  io- 
dide. Which  of  these  liquids  w  ill  serve  \  our  purpose,  as- 

suming no  chemical  interaction  between  the  liquid  and 

the  solids1 [1.831  The  concepts  of  accuracy  and  precision  are  not  always 
easy  to  grasp.  Here  are  two  sets  of  studies:  (a)  The  mass  of 
a  secondary  weight  standard  is  determined  by  weighing  it 

on  .)  v  ery  precise  balance  under  carefully  controlled  labo- 
ratory conditions.  The  average  ot  18  different  weight  mea- 

surements is  taken  as  the  weight  of  the  standard,  (b)  A 

group  of  10,00(1  males  between  the  ages  ot  50  and  3^  is 

surveyed  to  ascertain  a  relationship  between  calorie  in- 

take and  blood  cholesterol  level.  I'he  survey  questionnaire 
is  quite  detailed,  asking  the  respondents  about  what  they 
eat,  smoking  and  drinking  habits,  and  so  on.  The  results 

are  reported  as  showing  that  for  men  of  comparable- 
lifestyles,  there  is  a  40",.  chance  of  the  blood  cholesterol 
level  being  abov  e  230  for  those  who  consume  more  than 
40  calories  per  gram  of  body  weight  per  day,  as  compared 
with  those  who  consume  few  er  than  30  calories  per  gram 
of  body  weight  per  day 

Discuss  and  compare  these  two  studies  in  terms  of 
the  precision  and  accuracy  of  the  result  in  each  case, 
I  low  do  the  two  studies  differ  in  nature  in  ways  that  af- 

fect the  accuracy  and  precision  ot  the  results1  What 
makes  for  high  precision  and  accuracy  in  any  given 
study?  In  each  of  these  studies,  w  hat  factors  might  not 

be  controlled  that  could  affect  the  accuracy  and  preci- 
sion? What  steps  can  be  taken  generally  to  attain  higher 

precision  and  accuracy? 

6  M  E  D  I A  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  comes  in  your  MediaPak. 

1.84  Experiment  with  the  Phases  of  the  Elements  activity  (2.2). 
(a)  How  many  elements  are  liquids  at  room  temperature, 
and  w  hat  are  they?  (b)  Choose  two  temperatures — 
one  higher  and  one  lower  than  room  temperature — and 
determine  how  many  elements  are  liquids  at  those 
temperatures. 

1.85  Watch  the  Electrolysis  of  Water  animation  (1.2). 
(a)  How  can  you  tell  from  this  experiment  that  water  is  a 
compound  and  not  an  element?  (b)  II  you  were  to  per- 

form a  similar  experiment  using  liquid  bromine  instead 
of  liquid  water  in  the  apparatus,  w  hat  would  you  expect 
to  happen? 

1.86  The  Changes  of  State  animation  (7.3)  shows  w  hat  hap- 
pens to  a  solid  when  it  is  heated  (a)  Describe  the  changes 

that  occur,  (b)  Is  the  change  from  solid  to  liquid  a  chemi- 
cal change  or  a  physical  change?  (c)  Is  the  change  from 

liquid  to  gas  a  chemical  change  or  a  physical  change1 
(d)  Is  enough  information  given  to  determine  whether 
the  original  solid  is  an  element,  a  compound,  or  a  mix- 

ture? Explain. 

1.87  (a)  Use  the  Significant  Figures  activit)  (2.5)  to  verify 
your  answers  to  Exercises  1.41  and  1 .42.  (b)  Is  it  possible 
for  the  sum  of  a  column  of  numbers,  each  containing 

two  significant  figures,  to  have  more  than  two  signifi- 
cant figures?  Explain,  (c)  I  low  many  significant  figures 

should  there  be  in  the  answer  to  the  following  calcula- 
tion? (35.2  -  30.1)  x  1.23  = 
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WHAT'S  AHEAD 

•  We  begin  by  giving  a  brief  history  of 
the  notion  of  atoms — the  smallest 
pieces  of  matter.  (Section  2.1 ) 

•  Next,  we  look  at  some  of  the  kev 
experiments  that  led  to  the  discovery 
of  electrons  and  to  the  nuclear  model  of 
the  atom.  ( Section  2.2) 

•  We  then  discuss  the  modern  theory 
of  atomic  structure,  including  the 
ideas  of  atomic  numbers,  mass 

numbers,  and  isotopes.  (Section  2.3) 

•  We  introduce  the  concept  of  atomi 
weights  and  how  they  relate  to  the 
masses  of  individual  atoms. 

(Section  2.4) 
•  Our  discussion  of  atoms  leads  to 

the  organization  of  the  elements 
into  the  periodic  table,  in  which 
elements  are  put  in  order  of 
increasing  atomic  number  and 

grouped  by  chemical  similarity. 
(Section  2.5) 

•  Our  understanding  of  atoms  allows 
us  to  discuss  the  assemblies  of  atoms 
called  molecules  and  how  their 

compositions  are  represented  by 
empirical  and  molecular  formulas. 
(Section  2.0) 

•  We  learn  that  atoms  can  gain  or  lose 
electrons  to  form  ions,  and  we  look  at 
how  to  use  the  periodic  table  to 
predict  the  charges  on  ions  and  the 
empirical  formulas  of  ionic 
compounds.  (Section  2.7) 

•  We  will  see  the  systematic  way  in 
which  substances  are  named,  called 
nomenclature,  and  how  this 
nomenclature  is  applied  to  inorganic 

compounds.  (Section  2.S) 

•  Finally,  we  introduce  some  basic 
ideas  of  organic  chemistry,  which  is 
the  chemistry  of  the  element  carbon. 

(Section  2.9)  ' 
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Molecules, 

and  Ions 

LOOK  AROUND  YOU.  Notice  the  great  variety  of  colors, 

textures,  and  other  properties  in  the  materials  that 

surround  you — the  colors  in  a  garden  scene,  the 

texture  of  the  fabric  in  your  clothes,  the  solubil- 

ity of  sugar  in  a  cup  of  coffee,  the  transparency 
of  a  window.  The  materials  in  our  world  exhibit  a  striking  and 

seemingly  infinite  variety. 
We  con  classify  properties  in  different  ways,  but  how  do  we 

understand  and  explain  them?  What  makes  diamonds  trans- 
parent and  hard  while  table  sail  is  brittle  and  dissolves  in 

water?  Why  does  paper  burn,  and  why  does  water  quench 
fires?  The  key  to  understanding  both  the  physical  and 

chemical  properties  of  matter  is  found  in  the  structure 
and  behav  ior  of  atoms. 

Remarkably,  the  diversity  of  properties  we  see 

around  us  results  from  only  about  100  different  ele- 
ments and  thus  only  100  different  kinds  of  atoms.  In 

a  sense,  the  atoms  are  like  the  26  letters  of  the  Eng- 

ish  alphabet  that  join  together  in  different  combi- 
nations to  form  the  immense  number  of  words 

in  our  language.  But  how  do  atoms  combine 

with  one  another1  What  rules  govern  the 
ways  in  which  they  can  combine?  How  do 

the  properties  of  a  substance  relate  to  tin- 
kinds  of  atoms  it  contains?  Indeed, 
what  is  an  atom  like,  and  what  makes 
the  atoms  of  one  element  different 

from  those  of  another1 
The  chapter-opening  photo- 

graph is  an  image  of  a  collection 
of  atoms,  but  as  striking  as 

this  picture  is,  it  doesn't  re- 
veal enough  to  help  us  un- 

derstand the  properties 
of  matter.  Fortunately, 

we  can  use  a  variety 
INDIVIDUAL  CARBON  ATOMS  IN  A  SAMPLE  OF  GRAPHITE  as  viewed  by  a  technique  known  as 
scanning  tunneling  microscopy  (STM).  Notice  the  hexagonal  arrangements  of  the  atoms  in  both  the  STM 
image  and  in  the  adjacent  molecular  model 
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of  experimental  techniques  to  probe  the  atom  to  gain  a  clearer  understanding  of 
what  it  is  like.  In  this  chapter  we  begin  to  explore  the  fascinating  world  of  atoms 
that  we  discover  by  such  experiments.  We  will  examine  the  basic  structure  of  the 

atom  and  briefly  discuss  the  formation  of  molecules  and  ions,  thereby  providing  a 
foundation  for  exploring  chemistry  more  deeply  in  later  chapters. 

A  Figure  2.1    John  Dalton  (1766-1844). 
Dalton  was  the  son  of  a  poor  English  weaver.  He 
began  teaching  at  the  age  of  12.  He  spent  most  of 
his  years  in  Manchester,  where  he  taught  both 
grammar  school  and  college.  His  lifelong  interest 
in  meteorology  led  him  to  study  gases  and  hence 
to  chemistry  and  eventually  to  the  atomic  theory. 

4^  [ 

ACTIVITY 
aw  of  Multiple  Proportions 

ANIMATION 
Multiple  Pmportions 

2.1  I  The  Atomic  Theory  of  Matter 

Philosophers  from  the  earliest  times  have  speculated  about  the  nature  of  the 

fundamental  "stuff"  from  which  the  world  is  made.  Democritus  (460-370  BC) 
and  other  early  Creek  philosophers  thought  that  the  material  world  must  be 

made  up  of  tiny  indivisible  particles  that  they  called  atomos,  meaning  "indi-  jl 
visible  or  uncuttable."  Later,  Plato  and  Aristotle  formulated  the  notion  that 

there  can  be  no  ultimately  indivisible  particles.  The  "atomic"  view  of  matter  1 
faded  for  many  centuries  during  which  Aristotelean  philosophv  dominated 
Western  culture. 

The  notion  of  atoms  reemerged  in  Europe  during  the  seventeenth  century,  I 
when  scientists  tried  to  explain  the  properties  of  gases.  Air  is  composed  of 
something  invisible  and  in  constant  motion;  we  can  feel  the  motion  of  the  wind  j 
against  us,  for  example.  It  is  natural  to  think  of  tiny  invisible  particles  as  giving  | 

rise  to  these  familiar  effects.  Isaac  Newton  (1642-1727),  the  most  famous  scien-  j 
tist  of  his  time,  favored  the  idea  of  atoms,  but  thinking  of  atoms  as  invisible  par-  ] 
tides  in  air  is  different  from  thinking  of  atoms  as  the  fundamental  building 
blocks  of  elements. 

As  chemists  learned  to  measure  the  amounts  of  elements  that  reacted  with 

one  another  to  form  new  substances,  the  ground  was  laid  for  an  atomic  theory  that  i 
linked  the  idea  of  elements  with  the  idea  of  atoms.  That  theory  came  into  being 

during  the  period  1803-1807  in  the  work  of  an  English  schoolteacher,  John  Dalton 

(Figure  2.1  A).  Dalton's  atomic  theory  involved  the  following  postulates: 

1.  Each  element  is  composed  of  extremely  small  particles  called  atoms. 

2.  All  atoms  of  a  given  element  are  identical  to  one  another  in  mass  and  other 
properties,  but  the  atoms  of  one  element  are  different  from  the  atoms  of  all 
other  elements. 

3.  Atoms  of  an  element  are  not  changed  into  atoms  of  a  different  element  by 
chemical  reactions;  atoms  are  neither  created  nor  destroyed  in  chemical  ; 
reactions. 

4.  Compounds  are  formed  when  atoms  of  more  than  one  element  combine;  a 

given  compound  always  has  the  same  relative  number  and  kind  of  atoms. 

According  to  Dalton's  atomic  theory,  atoms  are  the  smallest  particles  of  an 
element  that  retain  the  chemical  identity  of  the  element.  As 

noted  in  the  postulates  of  Dalton's  theory,  an  element  is  composed  of  only  one 
kind  of  atom,  whereas  a  compound  contains  atoms  of  two  or  more  elements. 

Dalton's  theory  explains  several  simple  laws  of  chemical  combination  that 
were  known  in  his  time.  One  of  these  was  the  law  of  constant  composition:  In  a  given 

compound,  the  relative  numbers  and  kinds  of  atoms  are  constant. 

This  law  is  the  basis  of  Dalton's  Postulate  4.  Another  fundamental  chemical  law 
was  the  law  of  conservation  of  mass  (also  known  as  the  law  of  conservation  of  matter): 
The  total  mass  of  materials  present  after  a  chemical  reaction  is  the  same  as  the  total 

mass  present  before  the  reaction.  This  law  is  the  basis  for  Postulate  3.  Dalton  pro- 
posed that  atoms  always  retain  their  identities  and  that  atoms  taking  part  in  a 

chemical  reaction  rearrange  to  give  new  chemical  combinations. 

A  good  theory  should  not  only  explain  the  known  facts  but  should  also  pre- 
dict new  ones.  Dalton  used  his  theory  to  deduce  the  law  of  multiple  proportions:  If 

two  elements  A  and  13  combine  to  form  more  than  one  compound,  the  masses 
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of  B  that  can  combine  with  a  given  mass  of  A  are  in  the  ratio  of  small  whole 

numbers.  We  can  illustrate  this  law  by  considering  the  substances  water  and  hy- 
drogen peroxide,  both  of  which  consist  of  the  elements  hydrogen  and  oxygen. 

In  forming  w  ater,  8.0  g  of  oxygen  combines  with  1.0  g  of  hydrogen.  In  forming 
hydrogen  peroxide,  Ifi.O  g  of  oxygen  combines  with  1.0  g  of  hydrogen.  In  other 

words,  the  ratio  of  the  mass  ol  oxygen  per  gram  of  hydrogen  in  the  two  com- 
pounds is  2 :  I .  Using  the  atomic  theory,  we  can  conclude  that  hydrogen  perox- 

ide contains  twice  as  main  atoms  of  oxygen  per  hydrogen  atom  as  does  water. 

j       Q    GIVE  IT  SOME  THOUGHT 

One  compound  of  carbon  and  oxygen  contains  1.333  g  of  oxygen  per  gram  of  car- 
bon, whereas  a  second  compound  contains  2.666  g  of  oxygen  per  gram  of  carbon, 

(a)  What  chemical  law  do  these  data  illustrate?  (b)  If  the  first  compound  has  an 

equal  number  of  oxygen  and  carbon  atoms,  what  can  we  conclude  about  the  com- 
position of  the  second  compound? 

2.2  |  The  Discovery  of  Atomic  Structure 

Dalton  reached  his  conclusion  about  atoms  on  the  basis  of  chemical  observa- 

tions in  the  macroscopic  world  of  the  laboratory.  Neither  he  nor  those  who  fol- 
lowed him  during  the  century  after  his  work  was  published  had  direct 

evidence  for  the  existence  ol  atoms.  Today,  however,  we  can  usr  powerful  in- 
struments to  measure  the  properties  of  individual  atoms  and  even  prov  ide  im- 

ages of  them  (Figure  2.2  ► ). 

As  scientists  began  to  develop  methods  for  more  detailed  probing  of  the 
nature  of  matter,  the  atom,  which  was  supposed  to  be  indiv  isible,  began  to 

show  signs  of  a  more  complex  structure:  We  now  know  that  the  atom  is  com- 
posed of  still  smaller  subatomic  particles.  Before  we  summarize  the  current 

model  of  atomic  structure,  we  will  briefly  consider  a  few  of  the  landmark  dis- 

coveries that  led  to  that  model.  We'll  see  that  the  atom  is  composed  in  part  of 
electrically  charged  particles,  some  with  a  positive  (  I  )  charge  and  some  with  a 

negative  (— )  charge.  As  we  discuss  the  development  of  our  current  model  of 
the  atom,  keep  in  mind  a  simple  statement  of  the  behavior  of  charged  particles: 
Particles  with  the  same  charge  repel  one  another,  whereas  particles  with  unlike  charges 
are  attracted  to  one  (mother. 

▲  Figure  2.2  An  image  of  the  surface  of 
the  semiconductor  CaAs  (gallium  arsenide). 
This  image  was  obtained  by  a  technique  called 
scanning  tunneling  microscopy.  The  color  was 
added  to  the  image  by  computer  to  distinguish 
the  gallium  atoms  (blue  spheres)  from  the  arsenic 
atoms  (red  spheres). 

Cathode  Rays  and  Electrons 

In  the  mid-1800s,  scientists  began  to  study  electrical  discharge  through  partial- 
ly evacuated  tubes  (tubes  that  had  been  pumped  almost  empty  of  air),  such  as 

those  shown  in  Figure  2.3  T.  A  high  voltage  produces  radiation  within  the  tube. 

▼  Figure  2.3   Cathode-ray  tube,  (a)  In  a 
cathode-ray  tube,  electrons  move  from  the 
negative  electrode  (cathode)  to  the  positive 

electrode  (anode),  (b)  A  photo  of  a  cathode-ray 
tube  containing  a  fluorescent  screen  to  show  the 
path  of  the  cathode  rays,  (c)  The  path  of  the 
cathode  rays  is  deflected  by  the  presence  of  a 

magnet. 
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►  Figure  2.4  Cathode-ray  tube  with 
perpendicular  magnetic  and  electric  fields. 
The  cathode  rays  (electrons)  originate  from  the 
negative  plate  on  the  left  and  are  accelerated 
toward  the  positive  plate,  which  has  a  hole  in  its 
center.  A  beam  of  electrons  passes  through  the 
hole  and  is  then  deflected  by  the  magnetic  and 
electric  fields.  The  three  paths  result  from 
different  strengths  of  the  magnetic  and  electric 
fields.  The  charge-to-mass  ratio  of  the  electron 
can  be  determined  by  measuring  the  effects  that 
the  magnetic  and  electric  fields  have  on  the 
direction  of  the  beam. 

Thompson  Cathode-Ray  Experiment 

ANIMATION 
Millikan  Oil-Drop  Experiment 

Millikan  Oil-Drop  Experiment 

'  '      i  +  \         (-)    Electrically  charged  plates 
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This  radiation  became  known  as  cathode  rays  because  it  originated  from  the  neg- 
ative electrode,  or  cathode.  Although  the  rays  themselves  could  not  be  seen,  their 

mov  ement  could  be  detected  because  the  rays  cause  certain  materials,  including 

glass,  to  fluoresce,  or  give  off  light.  (Television  picture  tubes  are  cathode-ray  tubes; 
a  telev  ision  picture  is  the  result  of  fluorescence  from  the  television  screen.) 

Scientists  held  conflicting  views  about  the  nature  of  the  cathode  rays.  It  was 
not  initially  clear  whether  the  rays  were  an  invisible  stream  of  particles  or  a 
new  form  of  radiation.  Experiments  showed  that  cathode  rays  are  deflected  by 

electric  or  magnetic  fields  in  a  way  consistent  with  their  being  a  stream  of  neg- 
ative electrical  charge  [Figure  2.3(c)].  The  British  scientist  J.  J.  Thomson  ob- 

served many  properties  of  the  rays,  including  the  fact  that  the  rays  are  the  same 
regardless  of  the  identity  of  the  cathode  material.  In  a  paper  published  in  1897, 
he  summarized  his  observations  and  concluded  that  cathode  rays  are  streams 

of  negatively  charged  particles.  Thomson's  paper  is  generally  accepted  as  the 
"discovery"  of  what  later  became  known  as  the  electron. 

Thomson  constructed  a  cathode-ray  tube  having  a  fluorescent  screen  at  one 
end,  such  as  that  shown  in  Figure  2.4  ▲,  so  that  he  could  quantitatively  mea- 

sure the  effects  of  electric  and  magnetic  fields  on  the  thin  stream  of  electrons 

passing  through  a  hole  in  the  positively  charged  electrode.  These  measure- 

ments made  it  possible  to  calculate  a  value  of  1.76  x  108  coulombs  per  gram  for 

the  ratio  of  the  electron's  electrical  charge  to  its  mass.* 
Once  the  charge-to-mass  ratio  of  the  electron  was  known,  measuring  either 

the  charge  or  the  mass  of  an  electron  would  also  yield  the  value  of  the  other 

quantity.  In  1LW,  Robert  Millikan  ( 1868-1953)  of  the  University  of  Chicago  suc- 
ceeded in  measuring  the  charge  of  an  electron  by  performing  a  series  of  experi- 

ments described  in  Figure  2.5  ▼.  He  then  calculated  the  mass  of  the  electron  by 

►  Figure  2.5   Millikan  s  oil-drop 
experiment.  A  representation  of  the  apparatus 
Millikan  used  to  measure  the  charge  of  the 
electron.  Small  drops  of  oil,  which  had  picked  up 
extra  electrons,  were  allowed  to  fall  between  two 
electrically  charged  plates.  Millikan  monitored  the 
drops,  measuring  how  the  voltage  on  the  plates 
affected  their  rate  of  fall.  From  these  data  he 
calculated  the  charges  on  the  drops.  His 
experiment  showed  that  the  charges  were  always 

integral  multiples  of  1 .602  -  1 0  19  C,  which  he 
deduced  was  the  charge  of  a  single  electron. 
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'  I  he  coulomb  (C)  is  the  SI  unit  for  electrical  charge. 
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using  his  experimental  value  for  the  charge,  1.60  ■  10  C,  and  Thomson's 
charge-to-mass  ratio,  1 .76  ■  10  C  g: 

l.ftO  •  10  |MC  -         =  9.10  x  10  28  g 
1.76  x  l08C/g 

Electron  mass 

This  result  agrees  well  with  the  presently  accepted  value  for  the  mass  of  the 

electron,  9.10938  X  10  28  g.  This  mass  is  about  2000  times  smaller  than  that  of 
hydrogen,  the  lightest  atom. 

Radioactivity 

In  1896  the  French  scientist  I  lenri  Becquerel  ( 1852-1908)  was  studying  a  urani- 
um compound  when  he  discovered  that  it  spontaneously  emits  high-energy  ra- 

diation. This  spontaneous  emission  of  radiation  is  called  radioactivity.  At 

Becquerel's  suggestion  Marie  Curie  (Figure  2.6  ►)  and  her  husband,  Pierre, 
began  experiments  to  isolate  the  radioactiv  e  components  of  the  compound. 

Further  study  of  the  nature  of  radioactivity,  principally  by  the  British  scien- 
tist Ernest  Rutherford  (Figure  2.7  ► ),  revealed  three  types  of  radiation:  alpha 

(a),  beta  (/3),  and  gamma  (y)  radiation.  Each  type  differs  in  its  response  to  an 
electric  field,  as  show  n  in  Figure  2.S  ▼.  I  he  paths  of  both  a  and  (3  radiation  are 
bent  by  the  electric  field,  although  in  opposite  directions,  w  hereas  y  radiation  is 
unaffected. 

Rutherford  showed  that  both  a  and  (3  rays  consist  of  fast-moving  particles, 
which  were  called  a  and  (3  particles.  In  fact,  jS  particles  are  high-speed  electrons 
and  can  be  considered  the  radioactive  equivalent  of  cathode  rays.  They  are 

therefore  attracted  to  a  positively  charged  plate.  1  he  a  particles  have  a  positive 
charge  and  are  therefore  attracted  toward  a  negative  plate.  In  units  of  the  charge 

of  the  electron,  (3  particles  have  a  charge  of  1  and  a  particles  a  charge  of  2+. 
Each  a  particle  is  considerably  heav  ier  than  an  electron,  having  a  mass  about 

7300  times  that  of  an  electron.  Gamma  radiation  is  high-energy  radiation  similar 
to  X  rays;  it  does  not  consist  of  particles  and  carries  no  charge.  We  will  discuss 
radioactivity  in  greater  detail  in  Chapter  21 . 

The  Nuclear  Atom 

With  the  growing  evidence  that  the  atom  is  composed  of  smaller  particles,  at- 
tention was  given  to  how  the  particles  tit  together.  In  the  early  1900s  Thom- 

son reasoned  that  because  electrons  contribute  only  a  very  small  traction  of 

the  mass  of  an  atom,  they  probably  were  responsible  tor  an  equally  small  frac- 

tion of  the  atom's  size.  He  proposed  that  the  atom  consisted  of  a  uniform  pos- 
itive sphere  of  matter  in  which  the  electrons  were  embedded,  as  shown 
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▲  Figure  2.8   Behavior  of  alpha  (a),  beta  (/}),  and  gamma  (y)  rays  in  an  electric  field.  The  a  rays 
consist  of  positively  charged  particles  and  are  therefore  attracted  to  the  negatively  charged  plate.  The  ji 
rays  consist  of  negatively  charged  particles  and  are  attracted  to  the  positively  charged  plate.  The  y  rays, 
which  carry  no  charge,  are  unaffected  by  the  electric  field. 

▲  Figure  2.6   Marie  Sklodowska  Curie 
(1867-1934).  When  M.  Curie  presented  her 
doctoral  thesis,  it  was  described  as  the  greatest 
single  contribution  of  any  doctoral  thesis  in  the 
history  of  science.  Among  other  things,  two  new 
elements,  polonium  and  radium,  had  been 
discovered.  In  1903  Henri  Becquerel,  M.  Curie, 
and  her  husband,  Pierre,  were  jointly  awarded 
the  Nobel  Prize  in  physics.  In  191 1  M.  Curie  won  a 
second  Nobel  Prize,  this  time  in  chemistry. 

SESSRVF    BANK  Of 
NEW  ZEALAND 
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HUNDRED 
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▲  Figure  2.7   Ernest  Rutherford 
(1871-1937).  Rutherford,  whom  Einstein  called 
"the  second  Newton,"  was  born  and  educated  in 
New  Zealand.  In  1895  he  was  the  first  overseas 
student  ever  to  be  awarded  a  position  at  the 
Cavendish  Laboratory  at  Cambridge  University  in 
England,  where  he  worked  with  J.  J.  Thomson.  In 
1898  he  joined  the  faculty  of  McGill  University  in 
Montreal.  While  at  McGill.  Rutherford  did  his 
research  on  radioactivity  that  led  to  his  being 
awarded  the  1908  Nobel  Prize  in  chemistry.  In 
1907  Rutherford  moved  back  to  England  to  be  a 
faculty  member  at  Manchester  University,  where 
in  1910  he  performed  his  famous  n  particle 
scattering  experiments  that  led  to  the  nuclear 
model  of  the  atom.  In  1992  his  native  New 
Zealand  honored  Rutherford  by  putting  his 
likeness,  along  with  his  Nobel  Prize  medal,  on 
their  $100  currency  note 

ACTIVITY 
Separation  of  Alpha.  Beta 

and  Gamma  Rays 
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Negative 
electron 

Positive  charge 
spread  over  sphere 

▲  Figure  2.9  J.  J.  Thomson's  "plum- 
pudding"  model  of  the  atom.  Thomson 
pictured  the  small  electrons  to  be  embedded  in 
the  atom  much  like  raisins  in  a  pudding  or  like 
seeds  in  a  watermelon.  Ernest  Rutherford  proved 
this  model  wrong. 

ANIMATION 
Rutherford  Experiment:  Nuclear  Atom 

in  Figure  2.9  -4.  This  so-called  "plum-pudding"  model,  named  after  a  tradi- 
tional English  dessert,  was  very  short-lived. 

In  1910,  Rutherford  and  his  coworkers  performed  an  experiment  that  dis- 

proved Thomson's  model.  Rutherford  was  studying  the  angles  at  which  a  par- 
ticles were  deflected,  or  scattered,  as  they  passed  through  a  thin  gold  foil  a  few 

thousand  atoms  thick  (Figure  2.10  ▼).  He  and  his  coworkers  discov  ered  that  al- 
most all  the  a  particles  passed  directly  through  the  foil  without  deflection. 

A  small  percentage  were  found  to  be  slightly  deflected,  on  the  order  of  1  de- 

gree, consistent  with  Thomson's  plum-pudding  model,  just  for  the  sake  of 
completeness,  Rutherford  suggested  that  Ernest  Marsden,  an  undergraduate 

student  working  in  the  laboratory,  look  for  evidence  of  scattering  at  large  an- 

gles. To  everyone's  surprise,  a  small  amount  of  scattering  was  observed  at  large 
angles.  Some  particles  were  even  scattered  back  in  the  direction  from  which 
they  had  come.  The  explanation  for  these  results  was  not  immediately  obvious, 

but  they  were  clearly  inconsistent  with  Thomson's  plum-pudding  model. 
By  1911,  Rutherford  was  able  to  explain  these  observations.  He  postulated 

that  most  of  the  mass  of  each  gold  atom  in  his  foil  and  all  of  its  positive  charge 
reside  in  a  very  small,  extremely  dense  region,  which  he  called  the  nucleus.  He 
postulated  further  that  most  of  the  total  volume  of  an  atom  is  empty  space  in 

which  electrons  move  around  the  nucleus.  In  the  a-scattering  experiment,  most 
a  particles  passed  directly  through  the  foil  because  they  did  not  encounter  the 
minute  nucleus  of  any  gold  atom;  they  merely  passed  through  the  empty  space 

making  up  the  greatest  part  of  all  the  atoms  in  the  foil.  Occasionally,  however, 
an  a  particle  came  close  to  a  gold  nucleus.  The  repulsion  between  the  highly 

charged  gold  nucleus  and  the  a  particle  was  strong  enough  to  deflect  the  less 
massive  a  particle,  as  shown  in  Figure  2.11  ►. 

Subsequent  experimental  studies  led  to  the  discovery  of  both  positive  par- 
ticles (protons)  and  neutral  particles  (neutrons)  in  the  nucleus.  Protons  were  dis- 

covered in  1919  by  Rutherford.  Neutrons  were  discovered  in  1932  by  the  British 

scientist  James  Chadwick  (1891-1972).  We  examine  these  particles  more  closely 
in  Section  2.3. 

►  Figure  2.10   Rutherford's  experiment 
on  the  scattering  of  a  particles.  The  red  lines 
represent  the  paths  of  the  a  particles.  When  the 
incoming  beam  strikes  the  gold  foil,  most 
particles  pass  straight  through  the  foil  but  some 
are  scattered. 

Rutherford's  Backscattering  Experiment 

Some  a  particles  are  scattered 

\ 

Most  a  particles 
are  undeflected 

Circular  fluorescent  screen 

Source  of  a  particles 
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9 GIVE  IT  SOME  THOUGHT 

What  happens  to  most  of  the  a  particles  that  strike  the  gold  foil  in  Rutherford's  ex- 
periment, and  why  do  they  behave  that  way? 

2.5  |  The  Modern  View  of  Atomic  Structure  

Since  the  time  of  Rutherford,  physicists  have  learned  much  about  the  detailed 

composition  of  atomic  nuclei.  In  the  course  of  these  discoveries,  the  list  of  par- 
ticles that  make  up  nuclei  has  grown  long  and  continues  to  increase.  As 

chemists,  however,  we  can  take  a  very  simple  view  of  the  atom  because  only 

three  subatomic  particles — the  proton,  neutron,  and  electron — have  a  bearing 
on  chemical  behavior. 

The  charge  of  an  electron  is  1.602  •  10  C,  and  that  of  a  proton 

is +1.602  x  10  19  C.  The  quantity  1.602  <  10  C  is  called  the  electronic  charge. 
For  convenience,  the  charges  of  atomic  and  subatomic  particles  are  usually  ex- 

pressed as  multiples  of  this  charge  rather  than  in  coulombs.  Thus,  the  charge  of 

the  electron  is  1— ,  and  that  of  the  proton  is  1  t .  Neutrons  are  uncharged  and  are 
therefore  electrically  neutral  (which  is  how  they  received  their  name).  Every  atom 

has  nn  equal  number  of  electrons  and  protons,  and  so  atoms  have  no  net  electrical  charge. 
Protons  and  neutrons  reside  together  in  the  nucleus  of  the  atom,  which,  as 

Rutherford  proposed,  is  extremely  small.  The  wist  majority  of  an  atom's  vol- 
ume is  the  space  in  which  the  electrons  reside.  The  electrons  are  attracted  to  the 

protons  in  the  nucleus  by  the  force  that  exists  between  particles  of  opposite 
electrical  charge.  In  later  chapters  we  w  ill  see  that  the  strength  of  the  attractive 

forces  between  electrons  and  nuclei  can  be  used  to  explain  many  of  the  differ- 
ences between  different  elements. 
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▲  Figure  2.11    Rutherford's  model explaining  the  scattering  of  a  particles.  The 
gold  foil  is  several  thousand  atoms  thick 
Because  most  of  the  volume  of  each  atom  is 

empty  space,  most  cv  particles  pass  through  the 
foil  without  deflection.  When  an  a  particle 
passes  very  close  to  a  gold  nucleus,  however,  it 
is  repelled,  causing  its  path  to  be  altered. 

GIVE  IT  SOME  THOUGHT 

(a)  If  an  atom  has  15  protons,  how  many  electrons  does  it  have?  (b)  Where  do  the 
protons  reside  in  an  atom? 

Atoms  have  extremely  small  masses.  The  mass  of  the  heaviest  known  atom, 

for  example,  is  cm  the  order  of  4  X  10~  g.  Because  it  would  be  cumbersome  to 
express  such  small  masses  in  grams,  we  use  instead  the  atomic  mass  unit,  or 

amu.*  One  amu  equals  1.66054  X  10  24  g.  The  masses  of  the  proton  and  neu- 
tron are  very  nearly  equal,  and  both  are  much  greater  than  that  of  the  electron: 

A  proton  has  a  mass  of  1.0073  amu,  a  neutron  1.0087  amu,  and  an  electron 

5.486  X  10  4  amu.  Because  it  would  take  183(->  electrons  to  equal  the  mass  of  1 
proton,  the  nucleus  contains  most  of  the  mass  of  an  atom.  Table  2.1  T  summa- 

rizes the  charges  and  masses  of  the  subatomic  particles.  We  will  have  more  to 
say  about  atomic  masses  in  Section  2.4. 

1  TABLE  2.1 Comparison  of  the  Proton,  Neutron,  and  Electron  1 

Particle Charge Mass  (amu) 

Proton Positive  (1  +) 1.0073 
Neutron None  (neutral) 1.0087 
Electron 

Negative  (1  -) S.4Sh  ■  10  4 

*  The  SI  abbreviation  for  the  atomic  mass  unit  is  u.  We  will  use  the  more  common  abbreviation  amu. 
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Atoms  are  also  extremely  small.  Most  atoms  have  diameters  between 

1  x  10  10  m  and  5  •  10  111  m,  or  100-500  pm.  A  convenient,  although  non-SI, 
unit  of  length  used  to  express  atomic  dimensions  is  the  angstrom  (A).  One 

angstrom  equals  10  10  m.  Thus,  atoms  have  diameters  on  the  order  of  1-5  A. 
The  diameter  of  a  chlorine  atom,  for  example,  is  200  pm,  or  2.0  A.  Both  picome- 
ters  and  angstroms  are  commonly  used  to  express  the  dimensions  of  atoms  and 
molecules. 

■■  SAMPLE  EXERCISE  2.1  |  Illustrating  the  Size  of  an  Atom 

The  diameter  of  a  U.S.  penny  is  19  mm.  The  diameter  of  a  silver  atom,  by  comparison, 
is  only  2.88  A.  How  many  silver  atoms  could  be  arranged  side  by  side  in  a  straight 
line  across  the  diameter  of  a  pennv? 

Solution  The  unknown  is  the  number  of  silver  (Ag)  atoms.  We  use  the  relationship 
1  Ag  atom  =  2.88  A  as  a  conversion  factor  relating  the  number  of  atoms  and  dis- 

tance. Thus,  we  can  start  with  the  diameter  of  the  pennv,  first  converting  this  distance 
into  angstroms  and  then  using  the  diameter  of  the  Ag  atom  to  convert  distance  to  the 
number  of  Ag  atoms: 

/lO"3«fV    1 -A  \/lAgatom\ 
Ag  atoms  =  (19  mffi  )    777—  -    =  6.6  x  10'  Ag  atoms V  1  mrrf  J\  10  111  m  /\    2.88  A  / 

That  is,  66  million  silver  atoms  could  sit  side  bv  side  across  a  penny! 

MM  PRACTICE  EXERCISE 

The  diameter  of  a  carbon  atom  is  1.54  A.  (a)  Express  this  diameter  in  picometers. 
(b)  How  many  carbon  atoms  could  be  aligned  side  by  side  in  a  straight  line  across  the 

width  of  a  pencil  line  that  is  0.20  mm  w  ide1 
Answers:  (a)  154  pm,  (b)  1.3  X  10h  C  atoms 

T  Figure  2.12  The  structure  of  the  atom. 
The  nucleus,  which  contains  protons  and 
neutrons,  is  the  location  of  virtually  all  the  mass 
of  the  atom.  The  rest  of  the  atom  is  the  space  in 
which  the  light,  negatively  charged  eledrons 
reside 

The  diameters  of  atomic  nuclei  are  on  the  order  of  10  4  A,  only  a  small 
fraction  of  the  diameter  of  the  atom  as  a  whole.  You  can  appreciate  the  rela- 

tive sizes  of  the  atom  and  its  nucleus  by  imagining  that  if  the  atom  were  as 
large  as  a  football  stadium,  the  nucleus  would  be  the  size  of  a  small  marble. 
Because  the  tiny  nucleus  carries  most  of  the  mass  of  the  atom  in  such  a  small 

volume,  it  has  an  incredible  density — on  the  order  of  10n-1014  g/cm\  A 
matchbox  full  of  material  of  such  density  would  weigh  over  2.5  billion  tons! 

Astrophysicists  have  suggested  that  the  interior  of  a  collapsed  star  may  ap- 
proach this  density. 

An  illustration  of  the  atom  that  incorporates  the  features  we  have  just  dis- 
cussed is  shown  in  Figure  2.12  T.  The  electrons,  which  take  up  most  of  the  vol- 

ume of  the  atom,  play  the  major  role  in  chemical  reactions.  The  significance  of 

representing  the  region  containing  the  electrons  as  an  indistinct  cloud  will  be- 
come clear  in  later  chapters  when  we  consider  the  energies  and  spatial  arrange- 

ments of  the  electrons. 

Volume  occupied 

by  electrons 

Nucleus  containing 

protons  and  neutrons 
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Basic  Forces 

P  here  are  lour  basic  lories,  or  interactions,  known  in  nature: 

I  gravitational,  electromagnetic ,  strong  nuclear,  ami  weak 
nuclear.  Gravitational  /ones  are  attractive  forces  that  act  be- 

tween all  objects  in  proportion  to  their  masses.  Gravitational 
forces  between  atoms  or  between  subatomic  particles  are  so 
small  that  they  are  ol  no  (  hemic  al  significance. 

Electromagnetic  forces  are  attra<  tive  or  repulsive  forces  that 
act  between  either  electrically  charged  or  magnetic  objects. 
Electric  and  magnetic  forces  are  intimately  related.  I  lectric 
forces  are  of  fundamental  importance  in  understanding  the 
chemical  behav  ior  ol  atoms.  I  he  magnitude  ol  the  elei  trit  f<  net' 

between  two  charged  particles  is  given  by  Coulomb's  law: 
F  =  kQ]Q2/d~,  where  Qj  and  Q2  are  the  magnitudes  ol  the 
charges  on  the  two  particles,  d  is  the  distance  between  their 

centers,  and  /\  is  a  constant  determined  by  the  units  tor  Q  and  1/ 
A  negative  value  for  the  force  indicates  attraction,  w  hereas  a 
positive  \  .Uue  indicates  repulsion 

All  nuclei  except  those  ot  hydrogen  atoms  contain  two  or 
more  protons.  Because  like  charges  repel,  electrical  repulsion 
would  cause  the  protons  to  tlv  apart  it  a  stronger  attrac  ti\  e  force 
did  not  keep  them  together.  This  force  is  called  the  strong  nuclear 
force.  It  acts  between  subatomic  particles,  as  in  the  nucleus.  At 
this  distance,  the  strong  nuclear  force  is  stronger  than  the  elec- 

tric force,  and  as  a  result  the  nucleus  holds  together.  The  weak 
nuclear  force  is  weaker  than  the  electric  force  but  stronger  than 

the  gravitational  force.  We  are  aware  ot  its  existence  only  be- 
cause it  shows  itself  in  certain  types  of  radioactivity. 

Related  Exercises:  2.78(b)  and  2.83 

Atomic  Numbers,  Mass  Numbers,  and  Isotopes 

What  makes  .in  atom  of  one  clement  different  from  an  atom  of  another  ele- 

ment? For  example,  how  does  an  atom  of  carbon  differ  from  an  atom  of 
oxygen?  The  significant  difference  is  in  their  subatomic  compositions:  I  he 

1  atoms  of  each  element  have  a  characteristic  number  of  protons.  Indeed, 
the  number  of  protons  in  the  nucleus  ot  an  atom  of  any  particular  element  is 

called  that  element's  atomic  number.  Because  an  atom  has  no  net  electrical 
charge,  the  number  of  electrons  it  contains  must  equal  the  number  of  protons. 
All  atoms  of  carbon,  for  example,  have  six  protons  and  six  electrons, 

whereas  all  atoms  of  oxygen  have  eight  protons  and  eight  electrons.  Thus,  car- 
bon has  atomic  number  6,  whereas  oxygen  has  atomic  number  S.  I  he  atomic 

number  of  each  element  is  listed  with  the  name  and  symbol  of  the  element  on 
the  front  inside  cover  of  the  text. 

Atoms  of  a  given  element  can  differ  in  the  number  of  neutrons  they  contain 

and  consequently  in  mass.  For  example,  most  atoms  of  carbon  have  six  neu- 
trons, although  some  have  more  and  some  have  less.  The  symbol  (read 

"carbon  twelve,"  carbon- 12)  represents  the  carbon  atom  containing  six  protons 
and  six  neutrons.  The  atomic  number  is  shown  by  the  subscript,  and  the  super- 

script, called  the  mass  number,  is  the  total  number  of  protons  plus  neutrons  in 
the  atom: 

Symbol  of  element 

Atomic  number  (number  , 

of  protons  or  electrons) 

Because  all  atoms  of  a  given  element  have  the  same  atomic  number,  the  sub- 
script is  redundant  and  is  often  omitted.  Thus,  the  symbol  for  carbon- 12  can 

be  represented  simply  as  C.  As  one  more  example  of  this  notation,  atoms  that 
contain  six  protons  and  eight  neutrons  have  a  mass  number  of  14  and  are 

represented  as  l£C  or  l4C  and  referred  to  as  carbon- 14. 
Atoms  with  identical  atomic  numbers  but  different  mass  numbers  (that  is, 

same  number  of  protons  but  different  numbers  of  neutrons)  are  called  isotopes 
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ACTIVITY 
Isotopes  of  Hydrogen 

TABLE  2.2    Some  Isotopes  of  Carbon3 

Symbol       Number  of  Protons       Number  of  Electrons       Number  of  Neutrons 

"C 

,2C 

.4C 

Almost  99%  i>l  I  hi-  carbon  lound  m  nature  is  C. 

of  one  another.  Several  isotopes  of  carbon  an-  listed  in  Table  2.2  ▲.  We  will 
generally  use  the  notation  with  superscripts  only  when  referring  to  a  particular 
isotope  of  an  element. 

■H  SAMPLE  EXERCISE  2.2  |  Determining  the  Number  of  Subatomic  Particles  in Atoms 

How  many  protons,  neutrons,  and  electrons  are  in  (a)  an  atom  of  Au;  (b)  an  atom 
of  strontium-90? 

Solution  (a)  The  superscript  L97  is  the  mass  number,  the  sum  of  the  number  oi  pro- 
tons plus  the  number  of  neutrons.  According  to  the  list  of  elements  given  on  the  front 

inside  cover,  gold  has  an  atomic  number  of  79.  Consequently,  an  atom  of  197Au  has  79 
protons,  79  electrons,  and  197  -  79  =  118  neutrons,  (b)  The  atomic  number  of 
strontium  (listed  on  the  front  inside  cover)  is  38.  Thus,  all  atoms  of  this  element  have 

38  protons  and  38  electrons.  The  strontium-90  isotope  has  90  —  38  =  52  neutrons. 

■i  PRACTICE  EXERCISE 

How  manv  protons,  neutrons,  and  electrons  arc  in  (a)  a  nsBa  atom,  (b)  an  atom  of 

phosphorus-31? Answer:  (a)  56  protons,  56  electrons,  and  82  neutrons;  (b)  15  protons,  15  electrons, 
and  lb  neutrons. 

■M  SAMPLE  EXERCISE  2.3  |  Writing  Symbols  for  Atoms 

Magnesium  has  three  isotopes,  with  mass  numbers  24,  25,  and  26.  (a)  Write  the  com- 
plete chemical  symbol  (superscript  and  subscript)  for  each  of  them,  (b)  How  many 

neutrons  are  in  an  atom  of  each  isotope? 

Solution  (a)  Magnesium  has  atomic  number  12,  and  so  all  atoms  of  magnesium 
contain  12  protons  and  12  electrons.  The  three  isotopes  are  therefore  represented  by 

j^Mg,  T:Mg,  and  j^Mg.  (b)  The  number  of  neutrons  in  each  isotope  is  the  mass  num- 
ber minus  the  number  of  protons.  The  numbers  of  neutrons  in  an  atom  of  each  iso- 

tope are  therefore  12,  13,  and  14,  respectively. 

Hi  PRACTICE  EXERCISE 

Give  the  complete  chemical  svmbol  tor  the  atom  that  contains  82  protons,  82  elec- 
trons, and  126  neutrons. 

Answer.  2g|Pb 

2.4  |  Atomic  Weights  

Atoms  are  small  pieces  of  matter,  and  so  they  have  mass.  In  this  section  we  will 
discuss  the  mass  scale  used  for  atoms  and  introduce  the  concept  of  atomic 

weights.  In  Section  3.3  we  will  extend  these  concepts  to  show  how  atomic  mass- 
es are  used  to  determine  the  masses  of  compounds  and  molecular  weight*. 
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The  Atomic  Mass  Scale 

Although  scientists  of  the  nineteenth  century  knew  nothing  about  subatomic 

particles,  they  were  aware  that  atoms  of  different  elements  have  different  mass- 
es. They  found,  for  example,  that  each  100.0  g  of  w  ater  contains  11.1  g  of  hydro- 

gen and  88.9  g  of  oxygen.  Thus,  water  contains  88.9/11.1  =  8  times  as  much 
oxygen,  bv  mass,  as  hydrogen.  Once  scientists  understood  that  water  contains 
two  hydrogen  atoms  for  each  oxygen,  they  concluded  that  an  oxygen  atom 

must  have  2x8  =  16  times  as  much  mass  as  a  hydrogen  atom.  Hydrogen,  the 
lightest  atom,  was  arbitrarily  assigned  a  relative  mass  of  1  (no  units),  and  atom- 

ic masses  of  other  elements  were  at  first  determined  relativ  e  to  this  value.  Thus, 

oxygen  was  assigned  an  atomic  mass  of  16. 
Today  we  can  determine  the  masses  of  indiv  idual  atoms  with  a  high  degree 

of  accuracy.  For  example,  we  know  that  the  'H  atom  has  a  mass  of 
1.6735  x  10  24  g  and  the  l60  atom  has  a  mass  of  2.6560  ■  10  23  g.  As  we  noted 
in  Section  2.3,  it  is  convenient  to  use  the  atomic  mass  unit  (amu)  when  dealing 

with  these  extremely  small  masses: 

1  amu  -  1.66054  x  10  24  g  and  1  g  -  6.02214  x  1023amu 

The  atomic  mass  unit  is  presently  defined  by  assigning  a  mass  of  exactly 

12  amu  to  an  atom  of  the  C  isotope  of  carbon.  In  these  units,  an  'H  atom  has  a 
mass  of  1.0078  amu  and  an    O  atom  has  a  mass  of  1  5.9949  amu. 

Average  Atomic  Masses 

Most  elements  occur  in  nature  as  mixtures  of  isotopes.  We  can  determine  the 
i  average  atomic  mass  of  an  element  bv  using  the  masses  of  its  various  isotopes  and 

their  relative  abundances.  Naturally  occurring  carbon,  for  example,  is  composed 

of  98.93%  ,2C  and  1.07%  nC.  The  masses  of  these  isotopes  are  12  amu  (exactly) 
and  13.00335  amu,  respectively  We  calculate  the  average  atomic  mass  of  carbon 
from  the  fractional  abundance  of  each  isotope  and  the  mass  of  that  isotope: 

(0.9893)1 12  amu)  t  (0.0107)(13.00335  amu)  =  12.01  amu 

The  average  atomic  mass  of  each  element  (expressed  in  atomic  mass  units) 
is  also  known  as  its  atomic  weight.  Although  the  term  average  atomic  mass  is 

more  proper,  the  term  atomic  weight  is  more  common.  The  atomic  weights  of  the 

elements  are  listed  in  both  the  periodic  table  and  the  table  of  elements  on  the  in- 
side front  cover  of  this  text. 

Q    GIVE  IT  SOME  THOUGHT 

A  particular  atom  of  chromium  has  a  mass  of  52.94  amu,  whereas  the  atomic  weight 
of  chromium  is  51.99  amu.  Explain  the  difference  in  the  two  masses. 

■  SAMPLE  EXERCISE  2.4  |  Calculating  the  Atomic  Weight  of  an  Element  from 
Isotopic  Abundances 

Naturally  occurring  chlorine  is  75.78%  "CI,  which  has  an  atomic  mass  of  34. L)M  amu, 
and  24.22%  37C1,  which  has  an  atomic  mass  of  36.966  amu.  Calculate  the  average 
atomic  mass  (that  is,  the  atomic  weight)  of  chlorine. 

Solution  The  average  atomic  mass  is  found  by  multiplying  the  abundance  of  each 
isotope  by  its  atomic  mass  and  summing  these  products.  Because  75.78%  =  0.757S 
and  24.22%  =  0.2422,  we  have 

Average  atomic  mass  =  (0.7578)(34.969  amu)  +  (0.2422)(36.966  amu) 

=  26.50  amu  +  8.953  amu 

=  35.45  amu 
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This  answer  makes  sense:  The  average  atomic  mass  of  CI  is  between  the  masses  of  the 

two  isotopes  and  is  closer  to  the  value  of  ̂ Cl,  which  is  the  more  abundant  isotope. 

MM  PRACTICE  EXERCISE 

Three  isotopes  of  silicon  occur  in  nature:  2HSi  (92.23%),  which  has  an  atomic  mass  of 
27.97693  amu;  2MSi  (4.68%),  which  has  an  atomic  mass  of  28.97649  amu;  and  30Si  (3.09%), 
which  has  an  atomic  mass  of  29.97377  amu.  Calculate  the  atomic  weight  of  silicon. 
Answer:  28.09  amu 

ACTIVITY 
Mass  Spectrometer 

The  Mass  Spectrometer 

he  most  direct  and  accurate  means  for  determining  atom- 
ic and  molecular  weights  is  prov  ided  by  the  mass  spec- 

trometer (Figure  2.13  ▼).  A  gaseous  sample  is  introduced  at 

A  and  bombarded  by  a  stream  of  high-energy  electrons  at  B. 
Collisions  between  the  electrons  and  the  atoms  or  molecules 

of  the  gas  produce  positively  charged  particles,  mostly  with 
a  1+  charge.  These  charged  particles  are  accelerated  toward 
a  negatively  charged  wire  grid  (C).  After  they  pass  through 
the  grid,  the  particles  encounter  two  slits  that  allow  only  a 
narrow  beam  of  particles  to  pass.  This  beam  then  passes  be- 

tween the  poles  of  a  magnet,  which  deflects  the  particles  into 
a  curved  path,  much  as  electrons  are  deflected  by  a  magnetic 
field  (Figure  2.4).  For  charged  particles  with  the  same  charge, 
the  extent  of  deflection  depends  on  mass — the  more 
massive  the  particle,  the  less  the  deflection.  The  particles  are 
thereby  separated  according  to  their  masses.  By  changing  the 
strength  of  the  magnetic  field  or  the  accelerating  voltage  on 
the  negatively  charged  grid,  charged  particles  of  various 
masses  can  be  selected  to  enter  the  detector  at  the  end  of  the 
instrument. 

A  graph  of  the  intensity  of  the  detector  signal  versus  par- 
ticle atomic  mass  is  called  a  mass  spectrum.  The  mass  spectrum 

of  chlorine  atoms,  show  n  in  Figure  2.14  T,  reveals  the  pres- 
ence of  two  isotopes.  Analysis  of  a  mass  spectrum  gives  both 

the  masses  of  the  charged  particles  reaching  the  detector  and 
their  relative  abundances.  The  abundances  are  obtained  from 

the  signal  intensities.  Knowing  the  atomic  mass  and  the  abun- 
dance of  each  isotope  allows  us  to  calculate  the  atomic  weight 

of  an  element,  as  shown  in  Sample  Exercise  2.4. 
Mass  spectrometers  are  used  extensively  today  to  identify 

chemical  compounds  and  analyze  mixtures  of  substances. 
Any  molecule  that  loses  electrons  falls  apart,  forming  an  array 

of  positively  charged  fragments.  The  mass  spectrometer  mea- 
sures the  masses  of  these  fragments,  producing  a  chemical 

"fingerprint"  of  the  molecule  and  providing  clues  about  how 
the  atoms  were  connected  in  the  original  molecule.  Thus,  a 
chemist  might  use  this  technique  to  determine  the  molecular 
structure  of  a  newly  synthesized  compound  or  to  identify  a 
pollutant  in  the  environment. 
Related  Exercises:  2.31,  2.32,  2.33(b),  2.34,  2.86,  and  2.87 

Magnet 

Accelerating  grid 

Heated  filament 

A 

Sample ions 
(  +  ) 

Ionizing        To  vacuum 
electron  pump 
beam 

Separation  of ions  based  on 
mass  differences 

▲  Figure  2.13   A  mass  spectrometer.  CI  atoms  are  introduced  on  the  left  side 

of  the  spectrometer  and  are  ionized  to  form  CI '  ions,  which  are  then  directed  through 
a  magnetic  field.  The  paths  of  the  ions  of  the  two  isotopes  of  CI  diverge  as  they  pass 

through  the  magnetic  field.  As  drawn,  the  spectrometer  is  tuned  to  detect  35CF  ions. 
The  heavier  37CI '  ions  are  not  deflected  enough  for  them  to  reach  the  detector. 

35q 

37C1 

,  1 
34    35     36    37  38 
Atomic  mass  (amu) 

▲  Figure  2.14  Mass  spectrum  of  atomic 
chlorine.  The  fractional  abundances  of  the  35CI 
and  37CI  isotopes  of  chlorine  are  indicated  by  the 
relative  signal  intensities  of  the  beams  reaching 
the  detector  of  the  mass  spectrometer. 
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Dalton's  atomic  theory  set  the  stage  tor  a  vigorous  growth  in  chemical  exper- 
imentation during  the  early  1800s.  As  the  body  of  chemical  observations 

grew  and  the  list  of  known  elements  expanded,  attempts  were  made  to  find 

regular  patterns  in  chemical  behavior.  These  efforts  culminated  in  the  devel- 

opment ot  the  periodic  table  in  1869.  We  w  ill  have  much  to  say  about  the  pe- 
riodic table  in  later  chapters,  but  it  is  so  important  and  useful  that  you 

should  become  acquainted  with  it  now.  You  will  quickly  learn  that  the  period- 
ic tabic  is  the  most  significant  tool  that  chemists  use  for  organizing  and  remember- 

ing chemical  facts. 

Many  elements  show  very  strong  similarities  to  one  another.  The  ele- 
ments lithium  (Li),  sodium  (Na),  and  potassium  (K)  are  all  soft,  verv  reactive 

metals,  for  example;  and  the  elements  helium  (He),  neon  (Ne),  and  argon 
(Ar)  are  all  very  nonreactive  gases.  It  the  elements  are  arranged  in  order  of 
increasing  atomic  number,  their  chemical  and  physical  properties  are  found 

to  show  a  repeating,  or  periodic,  pattern.  For  example,  each  of  the  soft,  reac- 
tive metals — lithium,  sodium,  and  potassium — comes  immediately  after 

one  of  the  nonreactive  gases — helium,  neon,  and  argon — as  shown  in 
Figure  2.15  T. 

The  arrangement  of  elements  in  order  of  increasing  atomic  number,  with  el- 
ements having  similar  properties  placed  in  vertical  columns,  is  known  as  the 

periodic  table.  The  periodic  table  is  shown  in  Figure  2.16  ►  and  is  also  given  on 
the  front  inside  cover  of  the  text.  For  each  element  in  the  table,  the  atomic  num- 

ber and  atomic  symbol  are  given,  and  the  atomic  weight  is  often  given  as  well, 

as  in  the  following  typical  entry  for  potassium: 

19* 
 

K < 

39.0983*— 

You  may  notice  slight  variations  in  periodic  tables  from  one  book  to  another  or 
between  those  in  the  lecture  hall  and  in  the  text.  These  are  simply  matters  of 
style,  or  they  might  concern  the  particular  information  included;  there  are  no 
fundamental  differences. 

The  horizontal  rows  of  the  periodic  table  are  called  periods.  The  first  pe- 
riod consists  of  only  two  elements,  hydrogen  (H)  and  helium  (He).  The  sec- 
ond and  third  periods,  which  begin  with  lithium  (Li)  and  sodium  (Na), 

respectively,  consist  of  eight  elements  each.  The  fourth  and  fifth  periods 

Atomic 
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Na 
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reactive  reactive  reactive 
metal  metal  metal 

▲  Figure  2.15  Arranging  the  elements  by  atomic  number  reveals  a  periodic  pattern  of 
properties.  Ihis  periodic  pattern  is  the  basis  of  the  periodic  table. 
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▲  Figure  2.16  Periodic  table  of  the  elements.  Different  colors  are  used  to  show  the  division  of  the 
elements  into  metals,  metalloids,  and  nonmetals. 

ACTIVITY 
Periodic  Table 

contain  18  elements.  The  sixth  period  has  32  elements,  but  in  order  for  it  to  fit 

on  a  page,  14  of  these  elements  (those  with  atomic  numbers  57-70)  appear  at 
the  bottom  of  the  table.  The  seventh  and  last  period  is  incomplete,  but  it  also 

has  14  of  its  members  placed  in  a  row  at  the  bottom  of  the  table. 
The  vertical  columns  of  the  periodic  table  are  called  groups.  The  way  in 

which  the  groups  are  labeled  is  somewhat  arbitrary,  and  three  labeling 
schemes  are  in  common  use,  two  of  which  are  shown  in  Figure  2.16.  The  top 

set  of  labels,  which  have  A  and  B  designations,  is  widely  used  in  North  Amer- 
ica. Roman  numerals,  rather  than  Arabic  ones,  are  often  employed  in  this 

scheme.  Group  7 A,  for  example,  is  often  labeled  VIIA.  Europeans  use  a  simi- 
lar convention  that  numbers  the  columns  from  1A  through  8A  and  then  from 

1 B  through  8B,  thereby  giving  the  label  7B  (or  VIIB)  instead  of  7A  to  the  group 

headed  by  fluorine  (F).  In  an  effort  to  eliminate  this  confusion,  the  Interna- 
tional Union  of  Pure  and  Applied  Chemistry  (IUPAC)  has  proposed  a  con- 

vention that  numbers  the  groups  from  1  through  18  with  no  A  or  B 
designations,  as  shown  in  the  lower  set  of  labels  at  the  top  of  the  table  in 

Figure  2.16.  We  will  use  the  traditional  North  American  convention  with  Ara- 
bic numerals. 

Elements  that  belong  to  the  same  group  often  exhibit  similarities  in 

physical  and  chemical  properties.  For  example,  the  "coinage  metals" — 
copper  (Cu),  silver  (Ag),  and  gold  (Au) — all  belong  to  group  IB.  As  their 
name  suggests,  the  coinage  metals  are  used  throughout  the  world  to  make 
coins.  Many  other  groups  in  the  periodic  table  also  have  names,  as  listed  in 
Table  2.3  ►. 
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51 
TABLE  2.3   Names  of  Some  Groups  in  the  Periodic  Table 

Group Name Elements 

1A Alkali  metals Li,  Na,  K,  Rb,  Cs,  Fr 
2A Alkaline  earth  metals 

Be,  Mg,  Ca,  Sr,  Ba,  Ra 
6A Chalcogens O,  S,  Se,  Te,  Po 
7A Halogens PCI,  Br,  1,  At 
8A Noble  gases  (or  rare  gases) He,  Ne,  Ar,  Kr,  Xe,  Rn 

We  will  learn  in  Chapters  6  and  7  that  the  elements  in  a  group  of  the  peri- 
odic table  have  similar  properties  because  they  have  the  same  arrangement  of 

electrons  at  the  periphery  of  their  atoms.  Howev  er,  we  need  not  wait  until  then 
to  make  good  use  of  the  periodic  table;  after  all,  the  table  was  invented  by 

chemists  who  knew  nothing  about  electrons!  We  can  use  the  table,  as  they  in- 
tended, to  correlate  the  behaviors  of  elements  and  to  aid  in  remembering  many 

facts.  You  will  find  it  helpful  to  refer  to  the  periodic  table  frequently  when 
studying  the  remainder  of  this  chapter. 

Except  for  hydrogen,  all  the  elements  on  the  left  side  and  in  the  middle  of 
the  periodic  table  are  metallic  elements,  or  metals.  The  majority  of  elements 
are  metallic,  and  they  all  share  many  characteristic  properties,  such  as  luster 
and  high  electrical  and  heat  conductivity.  All  metals,  with  the  exception  of 
mercury  (Hg),  are  solids  at  room  temperature.  The  metals  are  separated  from 
the  nonmetallic  elements,  or  nonmetals,  by  a  diagonal  steplike  line  that  runs 
from  boron  (B)  to  astatine  (At),  as  shown  in  Figure  2.16.  Hydrogen,  although 
on  the  left  side  of  the  periodic  table,  is  a  nonmetal.  At  room  temperature  some 
of  the  nonmetals  are  gaseous,  some  are  solid,  and  one  is  liquid.  Nonmetals 

generally  differ  from  the  metals  in  appearance  (Figure  2.17  ►)  and  in  other 
physical  properties.  Many  of  the  elements  that  lie  along  the  line  that  separates 

metals  from  nonmetals,  such  as  antimony  (Sb),  have  properties  that  fall  be- 
tween those  of  metals  and  those  of  nonmetals.  These  elements  are  often 

referred  to  as  metalloids. 

GIVE  IT  SOME  THOUGHT 

Chlorine  is  a  halogen.  Locate  this  element  in  the  periodic  table,  (a)  What  is  its  sym- 
bol? (b)  In  what  period  and  in  what  group  is  the  element  located?  (c)  What  is  its 

atomic  number?  (d)  Is  chlorine  a  metal  or  nonmetal? 

A  Figure  2.17   Some  familiar  examples  of 
metals  and  nonmetals.  The  nonmetals  (from 
bottom  left)  are  sulfur  (yellow  powder),  iodine 
(dark,  shiny  crystals),  bromine  (reddish  brown 
liquid  and  vapor  in  glass  vial),  and  three  samples 
of  carbon  (black  charcoal  powder,  diamonds,  and 
graphite  in  the  pencil  lead).  The  metals  are  in  the 
form  of  an  aluminum  wrench,  copper  pipe,  lead 
shot,  silver  coins,  and  gold  nuggets. 

WO  SAMPLE  EXERCISE  2.5  |  Using  the  Periodic  Table 

Which  two  of  the  following  elements  would  you  expect  to  show  the  greatest  similar- 
ity in  chemical  and  physical  properties:  B,  Ca,  F,  He,  Mg,  P? 

Solution  Elements  that  are  in  the  same  group  of  the  periodic  table  are  most  likely 
to  exhibit  similar  chemical  and  physical  properties.  We  therefore  expect  that  Ca 
and  Mg  should  be  most  alike  because  they  are  in  the  same  group  (2A,  the  alkaline 
earth  metals). 

■  PRACTICE  EXERCISE 

Locate  Na  (sodium)  and  Br  (bromine)  on  the  periodic  table.  Give  the  atomic  number 
of  each,  and  label  each  a  metal,  metalloid,  or  nonmetal. 
Answer:  Na,  atomic  number  11,  is  a  metal;  Br,  atomic  number  35,  is  a  nonmetal. 
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Glenn  Seaborg  and  Seaborgium 

rior  to  1940  the  periodic  table  ended  at  uranium,  element 

number  c>2.  Sincevthat  time,  no  scientist  has  had  a  greater 
effect  on  the  periodic  table  than  Glenn  Seaborg.  Seaborg 
(Figure  2.  LS  ►)  became  a  faculty  member  in  the  chemistry  de- 

partment at  the  University  of  California,  Berkeley,  in  1937.  In 
1940  he  and  his  colleagues  Edwin  McMillan,  Arthur  Wahl,  and 
Joseph  Kennedy  succeeded  in  isolating  plutonium  (Pu)  as  a 
product  of  the  reaction  between  uranium  and  neutrons.  We 
will  talk  about  reactions  of  this  type,  called  nuclear  reactions,  in 
Chapter  21.  We  will  also  discuss  the  key  role  that  plutonium 
plays  in  nuclear  fission  reactions,  such  as  those  that  occur  in 
nuclear  power  plants  and  atomic  bombs. 

During  the  period  1944  through  1958,  Seaborg  and  his 
coworkers  also  identified  various  products  of  nuclear  reac- 

tions as  being  the  elements  having  atomic  numbers  95 
through  102.  All  these  elements  are  radioactive  and  are  not 

found  in  nature;  they  can  be  synthesized  only  via  nuclear  re- 
actions. For  their  efforts  in  identifying  the  elements  beyond 

uranium  (the  transuranium  elements),  McMillan  and  Seaborg 
shared  the  1951  Nobel  Prize  in  chemistry. 

From  1961  to  1971,  Seaborg  served  as  the  chairman  of  the 
U.S.  Atomic  Energy  Commission  (now  the  Department  of  En- 

ergy). In  this  position  he  had  an  important  role  in  establishing 
international  treaties  to  limit  the  testing  of  nuclear  weapons. 
Upon  his  return  to  Berkeley  he  was  part  of  the  team  that  in 
1974  first  identified  element  number  106;  that  discovery  was 
corroborated  by  another  team  at  Berkeley  in  1993.  In  1994,  to 

honor  Seaborg's  many  contributions  to  the  discovery  of  new 
elements,  the  American  Chemical  Society  proposed  that  ele- 

ment number  106  be  named  "seaborgium,"  with  a  proposed 

▲  Figure  2.18   Glenn  Seaborg  (1912-1999).  The  photograph  shows 
Seaborg  at  Berkeley  in  1941  using  a  Geiger  counter  to  try  to  detect  radiation 
produced  by  plutonium.  Geiger  counters  will  be  discussed  in  Section  21.5. 

symbol  of  Sg.  After  several  years  of  controversy  about 
whether  an  element  should  be  named  after  a  living  person,  the 
name  seaborgium  was  officially  adopted  by  the  IUPAC  in 
1997,  and  Seaborg  became  the  first  person  to  have  an  element 
named  after  him  while  he  was  still  alive. 
Related  Exercise:  2.90 

2.6  |  Molecules  and  Molecular  Compounds  

The  atom  is  the  smallest  representative  sample  of  an  element,  but  only  the 

noble-gas  elements  are  normally  found  in  nature  as  isolated  atoms.  Most  mat- 
ter is  composed  of  molecules  or  ions,  both  of  which  are  formed  from  atoms.  We 

examine  molecules  here  and  ions  in  Section  2.7. 

A  molecule  is  an  assembly  of  two  or  more  atoms  tightly  bound  together. 

The  resultant  "package"  of  atoms  behaves  in  many  ways  as  a  single,  distinct 
object,  just  as  a  television  set  composed  of  many  parts  can  be  recognized  as  a 

single  object.  We  will  discuss  the  forces  that  hold  the  atoms  together  (the  chem- 
ical bonds)  in  Chapters  8  and  9. 

Molecules  and  Chemical  Formulas 

Many  elements  are  found  in  nature  in  molecular  form;  that  is,  two  or  more  of 
the  same  type  of  atom  are  bound  together.  For  example,  the  oxygen  normally 

found  in  air  consists  of  molecules  that  contain  two  oxygen  atoms.  We  repre- 

sent this  molecular  form  of  oxygen  by  the  chemical  formula  Oo  (read  "oh 
two").  The  subscript  in  the  formula  tells  us  that  two  oxygen  atoms  are  present 
in  each  molecule.  A  molecule  that  is  made  up  of  two  atoms  is  called  a 

diatomic  molecule.  Oxygen  also  exists  in  another  molecular  form  known  as 
ozone.  Molecules  of  ozone  consist  of  three  oxygen  atoms,  making  the  chemical 

formula  for  this  substance  O3.  Even  though  "normal"  oxygen  (02)  and  ozone 
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are  both  composed  only  of  oxygen  atoms,  they  exhibit  very  different  chemical 
and  physical  properties.  For  example,  O2  is  essential  for  life,  but  O3  is  toxic; 
O2  is  odorless,  whereas  O3  has  a  sharp,  pungent  smell. 

The  elements  that  normally  occur  as  diatomic  molecules  are  hydrogen,  oxy- 
gen, nitrogen,  and  the  halogens.  I  heir  locations  in  the  periodic  table  are  shown  in 

Figure  2.19  ▲.  When  we  speak  of  the  substance  hydrogen,  we  mean  H2  unless  we 
explicitly  indicate  otherwise.  Likewise,  when  we  speak  of  oxygen,  nitrogen,  or 

any  of  the  halogens,  we  are  referring  to  02,  N2,  F2,  Cl2,  Br2,  or  I2.  Thus,  the  prop- 
erties of  oxygen  and  hydrogen  listed  in  Table  1.3  are  those  of  Q2  and  H2.  Other, 

less  common  forms  of  these  elements  behave  much  differently. 

Compounds  that  are  composed  of  molecules  are  called  molecular  com- 
pounds and  contain  more  than  one  type  of  atom.  A  molecule  of  water,  for  exam- 

ple, consists  of  two  hydrogen  atoms  and  one  oxygen  atom.  It  is  therefore 
represented  by  the  chemical  formula  1 120.  hack  of  a  subscript  on  the  O  indicates 
one  atom  of  O  per  water  molecule.  Another  compound  composed  of  these  same 
elements  (in  different  relative  proportions)  is  hydrogen  peroxide,  H202.  I  he 
properties  of  hydrogen  peroxide  are  very  different  from  the  properties  of  water. 

Several  common  molecules  are  shown  in  Figure  2.20  ►.  Notice  how  the 

composition  of  each  compound  is  given  by  its  chemical  formula.  Notice  also 

that  these  substances  are  composed  only  of  nonmetallic  elements.  Most  molecu- 
lar substance*  that  we  will  encounter  contain  only  nonmetals. 

Molecular  and  Empirical  Formulas 

Chemical  formulas  that  indicate  the  actual  numbers  and  types  of  atoms  in  a 

molecule  are  called  molecular  formulas.  (The  formulas  in  Figure  2.20  are  mole- 
cular formulas.)  Chemical  formulas  that  give  only  the  relative  number  of  atoms 

of  each  type  in  a  molecule  are  called  empirical  formulas.  The  subscripts  in  an 

empirical  formula  are  always  the  smallest  possible  whole-number  ratios.  The 
molecular  formula  for  hydrogen  peroxide  is  H202,  for  example,  whereas 
its  empirical  formula  is  HO.  The  molecular  formula  for  ethylene  is  C2H4, 
and  its  empirical  formula  is  CH2.  For  many  substances,  the  molecular  formula 
and  the  empirical  formula  are  identical,  as  in  the  case  of  water,  H20. 

Molecular  formulas  provide  more  information  about  molecules  than  do  em- 
pirical formulas.  Whenever  we  know  the  molecular  formula  of  a  compound,  we 

can  determine  its  empirical  formula.  The  converse  is  not  true,  however;  if 

we  know  the  empirical  formula  of  a  substance,  we  can't  determine  its  molecular 
formula  unless  we  have  more  information.  So  why  do  chemists  bother  with  em- 

pirical formulas?  As  we  will  see  in  Chapter  3,  certain  common  methods  of  ana- 
lyzing substances  lead  to  the  empirical  formula  only  Once  the  empirical  formula 

is  known,  however,  additional  experiments  can  give  the  information  needed  to 
convert  the  empirical  formula  to  the  molecular  one.  In  addition,  there  are  sub- 

stances, such  as  the  most  common  forms  of  elemental  carbon,  that  don't  exist  as 
isolated  molecules.  For  these  substances,  we  must  rely  on  empirical  formulas. 

Thus,  all  the  common  forms  of  elemental  carbon  are  represented  by  the  element's 
chemical  symbol,  C,  which  is  the  empirical  formula  for  all  the  forms. 

<  Figure  2.19   Diatomic  molecules 
common  elements  exist  as  diatomic  molecules  at 
room  temperature. 

Q 
 €KH

 

H^H 

Water,  H20  Hydrogen 

peroxide,  FFCK 
(a)  (b) 

Oxygen,  02       Methane,  CH4 

(e)  (f) 

▲  Figure  2.20   Molecular  models  of  some 
simple  molecules.  Notice  how  the  chemical 
formulas  of  these  substances  correspond  to  their 
compositions. 
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ACTIVITY 
Representations  of  Methane 

I  I 

H— C— H 

I  I 

Structural  formula 

Hi  SAMPLE  EXERCISE  2.6  |  Relating  Empirical  and  Molecular  Formulas 

Write  the  empirical  formulas  tor  the  following  molecules:  (a)  glucose,  a  substance 
also  known  as  either  blood  sugar  or  dextrose,  whose  molecular  formula  is  Cf,H12Gv 
(b)  nitrous  oxide,  a  substance  used  as  an  anesthetic  and  commonly  called  laughing 
gas,  whose  molecular  formula  is  N2C\ 

Solution  (a)  The  subscripts  of  an  empirical  formula  are  the  smallest  whole- 
number  ratios.  The  smallest  ratios  are  obtained  by  dividing  each  subscript  bv  the 
largest  common  factor,  in  this  case  6.  The  resultant  empirical  formula  for  glucose  is 
CH2C\ 

(b)  Because  the  subscripts  in  N20  are  already  the  lowest  integral  numbers,  the 
empirical  formula  tor  nitrous  oxide  is  the  same  as  its  molecular  formula,  N2C\ 

■1  PRACTICE  EXERCISE 

Give  the  empirical  formula  for  the  substance  called  diborane,  whose  molecular  formu- la is  B2H6. 

Answer:  BH  < 

II 

H  7 

H 

Perspectiv  e  drawing 

H 

Picturing  Molecules 

The  molecular  formula  of  a  substance  summarizes  the  composition  of  the  sub- 
stance but  does  not  show  how  the  atoms  come  together  to  form  the  molecule. 

The  structural  formula  of  a  substance  shows  which  atoms  are  attached  to 

which  within  the  molecule.  For  example,  the  structural  formulas  for  water,  hy- 
drogen peroxide,  and  methane  (CH4)  can  be  written  as  follows: 

H 
9 

H 

H 

Ball-and-stick  model 

H 

H 
H 

H 

Space-filling  model 

A  Figure  2.21    Different  representations 
of  the  methane  (CH4)  molecule.  Structural 

formulas,  perspective  drawings,  ball-and-stick 
models,  and  space-filling  models  each  help  us 
visualize  the  ways  atoms  are  attached  to  each 
other  in  molecules.  In  the  perspective  drawing, 
solid  lines  represent  bonds  in  the  plane  of  the 
paper,  the  solid  wedge  represents  a  bond  that 
extends  out  from  the  plane  of  the  paper,  and 
dashed  lines  represent  bonds  behind  the  paper. 

H  H 1 1 
/ O— O 

1 1 

II 

H— C— H 1 1 

Water        Hydrogen  peroxide  Methane 

The  atoms  are  represented  by  their  chemical  symbols,  and  lines  are  used  to  rep- 
resent the  bonds  that  hold  the  atoms  together. 

A  structural  formula  usually  does  not  depict  the  actual  geometry  of  the 

molecule,  that  is,  the  actual  angles  at  which  atoms  are  joined  together.  A  struc- 
tural formula  can  be  written  as  a  perspective  drawing,  however,  to  give  some 

sense  of  three-dimensional  shape,  as  shown  in  Figure  2.21  4. 

Scientists  also  rely  on  various  models  to  help  visualize  molecules.  Ball-and- 
stick  models  show  atoms  as  spheres  and  bonds  as  sticks.  This  type  of  model  has 

the  advantage  of  accurately  representing  the  angles  at  which  the  atoms  are 
attached  to  one  another  within  the  molecule  (Figure  2.21).  All  atoms  may  be 

represented  by  balls  of  the  same  size,  or  the  relative  sizes  of  the  balls  may  re- 
flect the  relative  sizes  of  the  atoms.  Sometimes  the  chemical  symbols  of  the  el- 

ements are  superimposed  on  the  balls,  but  often  the  atoms  are  identified 

simply  by  color. 
A  space-filling  model  depicts  what  the  molecule  would  look  like  if  the  atoms 

were  scaled  up  in  size  (Figure  2.21 ).  These  models  show  the  relative  sizes  of  the 

atoms,  but  the  angles  between  atoms,  which  help  define  their  molecular  geom- 

etry, are  often  more  difficult  to  see  than  in  ball-and-stick  models.  As  in  ball-and- 
stick  models,  the  identities  of  the  atoms  are  indicated  by  their  colors,  but  they 

may  also  be  labeled  with  the  element's  symbol. 



2.7  | 

Ions  and  Ionic  Compounds 

Q    GIVE  IT  SOME  THOUGHT 

The  structural  formula  for  the  substance  ethane  is  shown  here: 

H  H 

H— C— C— H 

H  H 

(a)  What  is  the  molecular  formula  for  ethane?  (b)  What  is  its  empirical  formula? 
(c)  Which  kind  of  molecular  model  would  most  clearly  show  the  angles  between 
atoms? 

2.7  |  Ions  and  Ionic  Compounds  

The  nucleus  of  an  atom  is  unchanged  bv  chemical  processes,  but  atoms  can 

readily  gain  or  lose  electrons.  It  electrons  are  removed  from  or  added  to  a  neu- 
tral atom,  a  charged  particle  called  an  ion  is  formed.  An  ion  with  a  positive 

charge  is  called  a  cation  (pronounced  CAT-ion);  a  negatively  charged  ion  is 
called  an  anion  (AN-ion). 

To  see  how  ions  form,  consider  the  sodium  atom,  which  has  1 1  protons  and 

1 1  electrons.  This  atom  easily  loses  one  electron.  1  he  resulting  cation  has  1 1  pro- 
tons and  10  electrons,  which  means  it  has  a  net  charge  of  1  f . 

electron 

Na  atom  Na  ion 

The  net  charge  on  an  ion  is  represented  by  a  superscript;  the  superscripts 
+  ,  2  +  ,  and  3  +  ,  for  instance,  mean  a  net  charge  resulting  from  the  loss  of  one, 

two,  and  three  electrons,  respectively.  The  superscripts  -,  2— ,  and  3-  represent 
net  charges  resulting  from  the  gain  of  one,  two,  and  three  electrons,  respective- 

ly. Chlorine,  with  1 7  protons  and  1 7  electrons,  for  example,  can  gam  an  electron 
in  chemical  reactions,  producing  the  CI  ion: 

CI  atom  CI  ion 

///  general,  metal  atoms  tend  to  lose  electrons  to  form  cations,  whereas  nonmetal  atoms 
tend  to  gain  electrons  to  form  anions. 
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H  SAMPLE  EXERCISE  2.7  |  Writing  Chemical  Symbols  for  Ions 

Give  the  chemical  symbol,  including  mass  number,  for  each  of  the  following  ions: 
(a)  The  ion  with  22  protons,  26  neutrons,  and  lc»  electrons;  (b)  the  ion  of  sulfur  that 
has  16  neutrons  and  IS  electrons. 

Solution  (a)  The  number  of  protons  (22)  is  the  atomic  number  of  the  element,  which 
means  this  element  is  titanium  (Ti).  The  mass  number  of  this  isotope  is  22  +  26  =  48 
(the  sum  of  the  protons  and  neutrons).  Because  the  ion  has  three  more  protons  than 

electrons,  it  has  a  net  charge  of  3+.  Thus,  the  symbol  for  the  ion  is  48Ti^. 
(b)  By  referring  to  a  periodic  table  or  a  table  of  elements,  we  see  that  sulfur  (S) 

has  an  atomic  number  of  16.  Thus,  each  atom  or  ion  of  sulfur  must  contain  16  pro- 
tons. We  are  told  that  the  ion  also  has  16  neutrons,  meaning  the  mass  number  of  the 

ion  is  16  +  16  =  32.  Because  the  ion  has  16  protons  and  18  electrons,  its  net  charge  is 

2-.  Thus,  the  symbol  for  the  ion  is  ̂2S2  . 
In  general,  we  w  ill  focus  on  the  net  charges  of  ions  and  ignore  their  mass  num- 
bers unless  the  circumstances  dictate  that  we  specify  a  certain  isotope. 

■I  PRACTICE  EXERCISE 

How  many  protons  and  electrons  does  the  Se    ion  possess? 
Answer:  34  protons  and  36  electrons 

In  addition  to  simple  ions,  such  as  Na  +  and  CI  ~,  there  are  polyatomic  ions, 
such  as  NO3  (nitrate  ion)  and  S04~  (sulfate  ion).  These  latter  ions  consist  of 
atoms  joined  as  in  a  molecule,  but  they  have  a  net  positive  or  negative  charge. 
We  will  consider  further  examples  of  polyatomic  ions  in  Section  2.8. 

It  is  important  to  realize  that  the  chemical  properties  of  ions  are  very  differ- 
ent from  the  chemical  properties  of  the  atoms  from  which  the  ions  are  derived. 

The  difference  is  like  the  change  from  Dr.  jekyll  to  Mr.  Hyde:  Although  a  given 
atom  and  its  ion  may  be  essentially  the  same  (plus  or  minus  a  few  electrons), 
the  behavior  of  the  ion  is  very  different  from  that  of  the  atom. 

Predicting  Ionic  Charges 

Many  atoms  gain  or  lose  electrons  so  as  to  end  up  with  the  same  number  of 
electrons  as  the  noble  gas  closest  to  them  in  the  periodic  table.  The  members 

of  the  noble-gas  family  are  chemically  very  nonreactive  and  form  very  few 
compounds.  We  might  deduce  that  this  is  because  their  electron  arrangements 
are  very  stable.  Nearby  elements  can  obtain  these  same  stable  arrangements  by 
losing  or  gaining  electrons.  For  example,  loss  of  one  electron  from  an  atom  of 
sodium  leaves  it  with  the  same  number  of  electrons  as  the  neutral  neon  atom 

(atomic  number  10).  Similarly,  when  chlorine  gains  an  electron,  it  ends  up  with 
18,  the  same  number  of  electrons  as  in  argon  (atomic  number  18).  We  will  use 
this  simple  observation  to  explain  the  formation  of  ions  until  Chapter  8,  where 
we  discuss  chemical  bonding. 

H  SAMPLE  EXERCISE  2.8  |  Predicting  the  Charges  of  Ions 

Predict  the  charge  expected  for  the  most  stable  ion  of  barium  and  for  the  most  stable 
ion  of  oxygen. 

Solution  We  will  assume  that  these  elements  form  ions  that  have  the  same  number 

of  electrons  as  the  nearest  noble-gas  atom.  From  the  periodic  table,  we  see  that  bari- 
um has  atomic  number  56.  The  nearest  noble  gas  is  xenon,  atomic  number  54.  Barium 

can  attain  a  stable  arrangement  of  54  electrons  bv  losing  two  of  its  electrons,  forming 
the  BcT  cation. 

Owgen  has  atomic  number  8.  The  nearest  noble  gas  is  neon,  atomic  number  10. 
Oxygen  can  attain  this  stable  electron  arrangement  by  gaining  two  electrons,  thereby 
forming  the  O  anion. 
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A  Figure  2.22  Charges  of  some  common  ions.  Notice  that  the  steplike  line  that  divides  metals  from 
nonmetals  also  separates  cations  from  anions. 

■B  PRACTICE  EXERCISE 

Predict  the  charge  expected  lor  the  most  stable  ion  of  aluminum  and  for  the  most  sta- 
ble ion  of  fluorine. 

Answer:  3+  and  1  - 

The  periodic  table  is  very  useful  tor  remembering  the  charges  of  ions,  espe- 
cially those  of  the  elements  on  the  left  and  right  sides  of  the  table.  As  Figure  2.22  ▲ 

shows,  the  charges  of  these  ions  relate  in  a  simple  way  to  their  positions  in  the 
table.  On  the  left  side  of  the  table,  for  example,  the  group  1 A  elements  (the  alkali 

metals)  form  1+  ions,  and  the  group  2A  elements  (the  alkaline  earths)  form  2  + 

ions.  On  the  other  side  of  the  table  the  group  7A  elements  (the  halogens)  form  1  - 
ions,  and  the  group  6A  elements  form  2-  ions.  As  we  will  see  later  in  the  text, 
many  of  the  other  groups  do  not  lend  themselves  to  such  simple  rules. 

Ionic  Compounds 

A  great  deal  of  chemical  activity  involves  the  transfer  of  electrons  from  one  sub- 
stance to  another,  and,  as  we  just  saw,  ions  form  when  one  or  more  electrons 

transfer  from  one  neutral  atom  to  another.  Figure  2.21  T  shows  that  when  ele- 
mental sodium  is  allowed  to  react  with  elemental  chlorine,  an  electron  transfers 

▼  Figure  2.23   The  formation  of  an  ionic 
compound,  (a)  The  transfer  of  an  electron  from 
a  neutral  Na  atom  to  a  neutral  CI  atom  leads  to 
the  formation  of  an  Na  ion  and  a  CI  ion. 

(b)  Arrangement  of  these  ions  in  solid  sodium 
chloride  (NaCI).  (c)  A  sample  of  sodium  chloride 

crystals. 

Loses  an 
electron 

Neutral  Na 
atom 

17p+ 
17e~ Gains  an 
electron 

Neutral  CI 
atom CI  ion 

(a) 
(b) 

(<  | 



58       Chapter  2         Atoms,  Molecules,  and  Ions 

from  a  neutral  sodium  atom  to  a  neutral  chlorine  atom.  We  are  left  with  an  \a 

ion  and  a  CI"  ion.  Because  objects  of  opposite  charge  attract,  the  Na+  and 
the  CP  ions  bind  together  to  form  the  compound  sodium  chloride  (NaCl).  Sodi- 

um chloride,  which  we  know  better  as  common  table  salt,  is  an  example  of  an  | 
ionic  compound,  a  compound  that  contains  both  positively  and  negatively  | 
charged  ions. 

We  can  often  tell  whether  a  compound  is  ionic  (consisting  of  ions)  or  mole- 
cular (consisting  of  molecules)  from  its  composition.  In  general,  cations  are 

metal  ions,  whereas  anions  are  nonmetal  ions.  Consequently,  ionic  compounds 

arc  generally  combinations  of  metals  and  nonmetals,  as  in  NaCl.  In  contrast,  | 
molecular  compounds  are  generally  composed  of  nonmetals  only,  as  in  FPO. 

WM  SAMPLE  EXERCISE  2.9  |  Identifying  Ionic  and  Molecular  Compounds 

Which  of  the  following  compounds  would  you  expect  to  be  ionic:  N2O,  Na20, 
CaCl2,  SF4? 

Solution  We  would  predict  that  Na20  and  CaCl2  are  ionic  compounds  because  they 
are  composed  of  a  metal  combined  with  a  nonmetal.  The  other  two  compounds,  com- 

posed entirely  of  nonmetals,  are  predicted  (correctly)  to  be  molecular  compounds. 

■■  PRACTICE  EXERCISE 

Which  of  the  following  compounds  are  molecular:  CBr4,  FeS,  P4Of,,  PbF2? 
Answer:  CBr4  and  P4Oh 

The  ions  in  ionic  compounds  are  arranged  in  three-dimensional  structures. 

The  arrangement  of  Na+  and  CP  ions  in  NaCl  is  shown  in  Figure  2.23.  Because 
there  is  no  discrete  molecule  of  NaCl,  we  are  able  to  write  only  an  empirical  for- 

mula for  this  substance.  In  fact,  only  empirical  formulas  can  be  written  for  most 
ionic  compounds. 

We  can  readily  write  the  empirical  formula  for  an  ionic  compound  if  we 
know  the  charges  of  the  ions  of  which  the  compound  is  composed.  Chemical 
compounds  are  always  electrically  neutral.  Consequently,  the  ions  in  an  ionic 
compound  always  occur  in  such  a  ratio  that  the  total  positive  charge  equals  the 

total  negative  charge.  Thus,  there  is  one  Na+  to  one  CP  (giving  NaCl),  one  Ba2+ 
to  two  CP  (giving  BaCl2),  and  so  forth. 

As  you  consider  these  and  other  examples,  you  will  see  that  if  the  charges 
on  the  cation  and  anion  are  equal,  the  subscript  on  each  ion  will  be  1.  If  the 
charges  are  not  equal,  the  charge  on  one  ion  (without  its  sign)  will  become  the 
subscript  on  the  other  ion.  For  example,  the  ionic  compound  formed  from  Mg 

(which  forms  Mg2+  ions)  and  N  (which  forms  N3~  ions)  is  Mg3N2 

Mg  :      y  N  1 "  >  Mg  N2 

GIVE  IT  SOME  THOUGHT 

Why  don't  we  write  the  formula  for  the  compound  formed  by  Ca2"  and  O2  as Ca202? 

■i  SAMPLE  EXERCISE  2.10  |  Using  Ionic  Charge  to  Write  Empirical  Formulas  for 
Ionic  Compounds 

What  are  the  empirical  formulas  of  the  compounds  formed  by  (a)  Al3+  and  CP  ions, 
(b)  Al3+  and  O2  ions,  (c)  Mg2+  and  NO3"  ions? 
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Solution  (a)  Three  CI  ions  are  required  to  balance  the  charge  of  one  AT  inn.  Thus, 
the  formula  is  AlCIv 

(b)  Two  Al  +  ions  are  required  to  balance  the  charge  of  three  0~~  ions  (that  is,  the 
total  positive  charge  is  6  +  ,  and  the  total  negative  charge  is  6- ).  Thus,  the  formula  is 

v  AI2Ov 

(c)  Two  NlCh  inns  are  needed  to  balance  the  charge  of  one  Mg2*.  Thus,  the  for- 
mula is  MgfNOih.  hi  this  case  the  formula  for  the  entire  polyatomic  ion  NO-?  must 

be  enclosed  in  parentheses  so  that  it  is  clear  that  the  subscript  2  applies  to  all  the 
atoms  of  that  ion. 

Hi  PRACTICE  EXERCISE 

Write  the  empirical  formulas  for  the  compounds  formed  by  the  following  ions: 

(a)  Na'  and  P043  ,  (b)  Zir  and  504:  ,  (c)  Fe3H  and  C032  . 
Answers:  (a)  Nad'()4,  (b)  XnS04,  (c)  Fe2(C03)3 

CHEMISTRY  AND  LIFE  |  Elements  Required  by  Living  Organisms 

Figure  2.24  T  shows  the  elements  that  are  essential  for  life. 
More  than  97%  of  the  mass  of  most  organisms  comprises 

just  six  elements — oxygen,  carbon,  hydrogen,  nitrogen,  phos- 
phorus, and  sulfur.  Water  (H^O)  is  the  most  common  com- 

pound in  living  organisms,  accounting  for  at  least  71)"..  of  the 
mass  of  most  cells.  Carbon  is  the  most  prev  alent  element  (by 
mass)  in  the  solid  components  of  cells.  Carbon  atoms  are 

found  in  a  vast  variety  of  organic  molecules,  in  which  the  car- 
bon atoms  are  bonded  to  other  carbon  atoms  or  to  atoms  of 

other  elements,  principally  II,  O,  \,  I',  and  S.  All  proteins,  for 
example,  contain  the  following  group  of  atoms  that  occurs  re- 

peatedly within  the  molecules: 

(  ) 
—  N  — C  — 

R 

(R  is  either  an  H  atom  or  a  combination  of  atoms  such  as  CH3.) 

In  addition,  23  more  elements  have  been  found  in  v  arious 

living  organisms.  Five  are  ions  that  are  required  by  all  organisms: 

Ca  ,  CI  ,  Mg  ,  K',  and  Na'.  Calcium  10ns,  tor  example,  are 
necessary  for  the  formation  of  bone  and  for  the  transmission  of 
signals  in  the  nervous  system,  such  as  those  that  trigger  the  con- 

traction of  cardiac  muscles,  causing  the  heart  to  beat.  Many  other 
elements  are  needed  in  only  very  small  quantities  and  conse- 

quently are  called  trace  elements,  lor  example,  trace  quantities  of 
copper  are  required  in  the  diet  ol  humans  to  aid  in  the  synthesis 
of  hemoglobin. 

▼  Figure  2.24   Biologically  essential  elements.  The  elements  that  are 
essential  for  life  are  indicated  by  colors.  Red  denotes  the  six  most  abundant 
elements  in  living  systems  (hydrogen,  carbon,  nitrogen,  oxygen,  phosphorus, 
and  sulfur).  Blue  indicates  the  five  next  most  abundant  elements.  Green 
indicates  the  elements  needed  in  only  trace  amounts. 
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STRATEGIES  IN  (  I  II  MISTIOi  |  Pattern  Recognition 

Someone  once  said  that  drinking  at  the  fountain  of  knowl- 
edge- in  a  chemistey  course  is  like  drinking  from  a  fire  hy- 

drant. Indeed,  tlie  pace  can  sometimes  seem  brisk.  More  to  the 

point,  however,  we  can  drown  in  the  tacts  it  we  don't  see  the 
general  patterns.  The  value  of  recognizing  patterns  and  learn- 

ing rules  and  generalizations  is  that  the  patterns,  rules,  and 
generalizations  tree  us  from  learning  (or  trying  to  memorize) 
many  individual  facts.  The  patterns,  rules,  and  generaliza- 

tions tie  ideas  together  so  that  we  don't  get  lost  in  the  details. 
Many  students  struggle  with  chemistry  because  they  don't 

see  how  the  topics  relate  to  one  another,  how  ideas  connect  to- 
gether. They  therefore  treat  every  idea  and  problem  as  being 

unique  instead  of  as  an  example  or  application  of  a  general  rule, 

procedure,  or  relationship.  You  can  avoid  this  pitfall  by  remem- 
bering the  following:  Begin  to  notice  the  structure  of  the  topic 

you  are  studying.  Pay  attention  to  the  trends  and  rules  given  to 
summarize  a  large  body  of  information.  Notice,  for  example, 
how  atomic  structure  helps  us  understand  the  existence  of  iso- 

topes (as  seen  in  Table  2.2)  and  how  the  periodic  table  aids  us  in 
remembering  the  charges  of  ions  (as  seen  in  Figure  2.22).  You 
may  surprise  yourself  by  observing  patterns  that  are  not  even 

explicitly  spelled  out  yet.  Perhaps  you've  even  noticed  certain 
trends  in  chemical  formulas.  Moving  across  the  periodic  table 
from  element  II  (Na),  we  find  that  the  elements  form  com- 

pounds with  F  having  the  following  compositions:  NaF,  MgF2, 
and  A I  FY  Does  this  trend  continue?  DoSiF4,  PF?,  and  SFh  exist? 
Indeed  they  do.  If  you  have  picked  up  on  trends  like  this  from 

the  scraps  ot  information  you've  seen  so  far,  then  you're  ahead 
of  the  game  and  you've  already  prepared  yourself  for  some  top- 

ics we  will  address  in  later  chapters. 

2.8  I  Naming  Inorganic  Compounds 

4^ 

ACTIVITIES 
Naming  Cations, 
Naming  Anions 

To  obtain  information  about  a  particular  substance,  you  must  know  its  chemi- 
cal formula  and  name.  The  names  and  formulas  of  compounds  are  essential  vo- 

cabulary in  chemistry.  The  system  used  in  naming  substances  is  called 
chemical  nomenclature  from  the  Latin  words  nomen  (name)  and  calare  (to  call). 

There  are  now  more  than  1°  million  known  chemical  substances.  Naming 

them  all  would  be  a  hopelessly  complicated  task  if  each  had  a  special  name  in- 
dependent of  all  others.  Many  important  substances  that  have  been  known  for 

a  long  time,  such  as  water  (H^O)  and  ammonia  (NH^),  do  have  individual,  tra- 

ditional names  (so-called  "common"  names).  For  most  substances,  however, 
we  rely  on  a  systematic  set  of  rules  that  leads  to  an  informative  and  unique 
name  for  each  substance,  a  name  based  on  the  composition  of  the  substance. 

The  rules  for  chemical  nomenclature  are  based  on  the  division  of  substances 

into  categories.  The  major  division  is  betw  een  organic  and  inorganic  compounds. 
Organic  compounds  contain  carbon,  usually  in  combination  with  hydrogen,  oxygen, 

nitrogen,  or  sulfur.  All  others  are  inorganic  compounds.  Early  chemists  associated  or- 
ganic compounds  with  plants  and  animals,  and  they  associated  inorganic  com- 

pounds with  the  nonliving  portion  of  our  world.  Although  this  distinction  between 

living  and  nonliving  matter  is  no  longer  pertinent,  the  classification  between  organ- 
ic and  inorganic  compounds  continues  to  be  useful.  In  this  section  we  consider  the 

basic  rules  for  naming  inorganic  compounds,  and  in  Section  2.9  we  will  introduce 
the  names  of  some  simple  organic  compounds.  Among  inorganic  compounds,  we 
will  consider  three  categories:  ionic  compounds,  molecular  compounds,  and  acids. 

Names  and  Formulas  of  Ionic  Compounds 

Recall  from  Section  2.7  that  ionic  compounds  usually  consist  of  metal  ions  com- 
bined with  nonmetal  ions.  The  metals  form  the  positive  ions,  and  the  non- 

metals  form  the  negative  ions.  Let's  examine  the  naming  of  positive  ions,  then 
the  naming  of  negative  ones.  After  that,  we  will  consider  how  to  put  the  names 
of  the  ions  together  to  identify  the  complete  ionic  compound. 

1.  Positive  Ions  (Cations) 

(a)  Cations  formed  from  metal  atoms  have  the  same  name  as  the  metal: 

Na     sodium  ion Ziv zinc  ion A] aluminum  ion 

Ions  formed  from  a  single  atom  are  called  monatomic  ions. 
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(b)  If  a  metal  can  form  different  cations,  the  positive  charge  is  indicated  b\i  a 
Roman  numeral  in  parentheses  following  the  name  of  the  metal: 

Fe       iron!  1 1 )  ion  Cu      copper(I)  ion 

Fe      iron(III)  ion  Cir     copper(II)  ion 

Ions  of  the  same  element  that  have  different  charges  exhibit  different 

properties,  such  as  different  colors  (Figure  2.2^  ►). 
Most  of  the  metals  that  can  form  more  than  one  cation  are  transition 

metals,  elements  that  occur  in  the  middle  block  of  elements,  from  group  3B 

to  group  2B  in  the  periodic  table.  The  charges  of  these  ions  are  indicated 
by  Roman  numerals.  The  metals  that  form  only  one  cation  are  those  of 

group  1 A  (Na  ',  K  ',  and  Kb  ' )  and  group  2A  (Mg2 1 ,  Ca2+,  Sr2 ' ,  and  Ba2  ), 
as  well  as  Al3_t  (group  3A)  and  two  transition-metal  ions:  Ag  (group  IB) 
and  Zn"+  (group  213).  Charges  are  not  expressed  explicitly  when  naming 
these  ions.  However,  if  there  is  any  doubt  in  your  mind  whether  a  metal 
forms  more  than  one  cation,  use  a  Roman  numeral  to  indicate  the  charge. 

It  is  never  wrong  to  do  so,  even  though  it  may  be  unnecessary. 
An  older  method  still  vvidelv  used  for  distinguishing  between  two 

differently  charged  ions  of  a  metal  is  to  apply  the  ending  -ous  or  -ic. 
These  endings  represent  the  lower  and  higher  charged  ions,  respectiv  e- 

ly. They  are  added  to  the  root  of  the  element's  I  atin  name: 

Fe2*    ferrous  ion  Cu      cuprous  ion 

Fe'     ferric  ion  Cir     cupric  ion 

Although  we  w  ill  only  rarely  use  these  older  names  in  this  text,  you 
might  encounter  them  elsewhere. 

(c)  Cations  formed  from  nomnetal  atoms  have  names  that  end  in  -ium: 

NH_|+    ammonium  ion  H-jO1    hydronium  ion 

These  two  ions  are  the  only  ions  of  this  kind  that  we  will  encounter  fre- 

quently in  the  text.  They  are  both  polyatomic.  The  vast  majority  of 
cations  are  monatomic  metal  ions. 

The  names  and  formulas  of  some  common  cations  are  shown  in 

Table  2.4  ►  and  are  also  included  in  a  table  of  common  ions  that  is  placed 
in  the  back  inside  cover  of  the  text.  The  ions  listed  on  the  left  in  fable  2.4 

are  the  monatomic  ions  that  do  not  have  variable  charges.  Those  listed  on 

the  right  are  either  polyatomic  cations  or  cations  with  v  ariable  charges. 

The  HgT2+  ion  is  unusual  because  this  metal  ion  is  not  monatomic.  It  is 
called  the  mercury(I)  ion  because  it  can  be  thought  of  as  two  HgH  ions 
fused  together.  The  cations  that  you  will  encounter  most  frequently  are 
shown  in  boldface.  These  are  the  ones  you  should  learn  first. 

Q    GIVE  IT  SOME  THOUGHT 

Why  is  CrO  named  using  a  Roman  numeral,  chromium(ll)  oxide,  whereas  CaO  is 
named  without  a  Roman  numeral  in  the  name,  calcium  oxide? 

2.  Negative  Ions  (Anions) 

(a)  The  names  of  monatomic  anions  are  formed  hi/  replacing  the  ending  of  the 
name  of  the  element  with  -ide: 

H~    hydride  ion  O       oxide  ion  Nr     nitride  ion 

A  few  simple  polyatomic  anions  also  have  names  ending  in  -ide: 

OH'    hydroxide  ion     CN~    cyanide  ion     Oi"      peroxide  ion 

▲  Figure  2.25   Ions  of  the  same  element 
with  different  charges  exhibit  different 
properties.  Compounds  containing  ions  of  the 
same  element  but  with  different  charge  can  be 
very  different  in  appearance  and  properties.  Both 
substances  shown  are  complex  compounds  of 
iron  that  also  contain  K  and  CN  ions.  The  one 
on  the  left  is  potassium  ferrocyanide,  which 
contains  Fe(ll)  bound  to  CN  ions.  The  one  on 
the  right  is  potassium  ferncyanide,  which 
contains  Fe(lll)  bound  to  CN  ions.  Both 
substances  are  used  extensively  in  blueprinting 
and  other  dyeing  processes. 
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1  TABLE  2.4 
Common  Cations* 

Charge Formula Name Formula Name 

1  + 

H  + 

Hydrogen  ion 

\  1 1,  * 

A  m  m  o  n  i  u  m  i  o  n 

L-i* 

Lithium  ion 

Cu' 

Copper(I)  or  cuprous  ion 

Na  + 

Sodium  ion 

K  + 

Potassium  ion 

Cs' 

Cesium  ion 

Ag  + 

Silver  ion 

0  4- _ 

Mg 

Magnesium  ion 

i_o 

Cobalt(II)  orcobaltous  ion 
t_a 

Calcium  ion 
r^..-  + 
L.U 

Copper(Il)  or  cupric  ion 

jl 
Strontium  ion 

re 

Iron(II)  or  ferrous  ion 

Ba2,
 

Barium  ion Mif Manga  nese(  1 1 )  or  manganous  ion 

Zn2  + 

Zinc  ion 

Hft* 

Mercury(I)  or  mercurous  ion 

Cd2'
 

Cadmium  ion 

Hg2  + 

Mercury(II)  or  mercuric  ion 

Ni2'
 

Nickel(Il)  or  nickelous  ion 

Pb2  + 

Lead(II)  or  plumbous  ion 

Sn2+
 

Tin(ll)  or  stannous  ion 

Al3  + 

Aluminum  ion 

CV'
 

Chromium(III)  or  chromic  ion 

Fe,+
 

Iron(III)  or  ferric  ion 

The  most  common  ions  are  in  boldface 

ACTIVITY 
Polyatomic  Ions 

▼  Figure  2.26  Summary  of  the 
procedure  for  naming  anions.  The  root  of  the 

name  (such  as  "chlor"  for  chlorine)  goes  in  the blank. 

(b)  Polyatomic  anions  containing  oxygen  have  names  ending  in  -ate  or  -ite. 
These  anions  are  called  oxyanions.  The  ending  -ate  is  used  for  the  most 

common  oxyanion  of  an  element.  The  ending  -ite  is  used  for  an  oxyan- 
ion  that  has  the  same  charge  but  one  O  atom  fewer: 

NO-,"    nitrate  ion  S042~    sulfate  ion 

N02     nitrite  ion  SO-r     sulfite  ion 

Prefixes  are  used  when  the  series  of  oxyanions  of  an  element  extends  to 

four  members,  as  with  the  halogens.  The  prefix  per-  indicates  one  more 

O  atom  than  the  oxyanion  ending  in  -ate;  the  prefix  hypo-  indicates  one 
O  atom  fewer  than  the  oxyanion  ending  in  -ite: 

C104~  perchlorate  ion  (one  more  O  atom  than  chlorate) 
003-  chlorate  ion 
CIOt  chlorite  ion  (one  O  atom  fewer  than  chlorate) 

CIO  hypochlorite  ion  (one  O  atom  fewer  than  chlorite) 

These  rules  are  summarized  in  Figure  2.26  T. 

Simple   ide 
anion  (chloride,  CP) 

( )xyanions 

per_ 

ate 

O  atom 

(perchlorate,  CIO4  )  ate (chlorate,  C1CV) 

Common  or 

representative 

oxyanion 

-O  atom 

1  r~ 

O  atom 

 ite 
(chlorite,  C102" 

hypo  ite 

(hypochlorite,  CIO" 



Naming  Inorganic  Compounds 

1  \ 
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Nitrate 
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ate  

ion 

A  Figure  2.27   Common  oxyanions.  The 
composition  and  charges  of  common  oxyanions 
are  related  to  their  location  in  the  periodic  table 

Q    GIVE  IT  SOME  THOUGHT 

What  information  is  conveyed  by  the  endings  -hie,  -ate,  and  -ite  in  the  name  of  an 
anion? 

Students  often  have  a  hard  time  remembering  the  number  of  oxygen  atoms 

in  the  various  oxyanions  and  the  charges  of  these  ions.  Figure  2.27  A  lists  the 

oxyanions  of  C,  N,  P,  S,  and  C  I  that  contain  the  maximum  number  of  O  atoms. 
There  is  a  periodic  pattern  to  these  formulas  that  can  help  you  remember  them. 
Notice  that  C  and  \,  which  are  in  the  second  period  of  the  periodic  table,  have 
only  three  O  atoms  each,  whereas  P,  S,  and  CI,  which  are  in  the  third  period,  have 
four  O  atoms  each.  If  we  begin  at  the  lower  right  side  of  the  figure,  with  CI,  we 

see  that  the  charges  increase  from  right  to  left,  from  1  -  for  CI  (CIO4  )  to  3 -  for  P 

(PO4 1  ).  In  the  second  period  the  charges  also  increase  from  right  to  left,  from  1 
for  N  (NCV )  to  2-  for  C  (CO-,2  ).  Each  anion  shown  in  Figure  2.27  has  a  name 
ending  in  -ate.  The  CIO4  ion  also  has  a  per-  prefix.  If  you  know  the  rules  summa- 

rized in  Figure  2.2b  and  the  names  and  formulas  of  the  five  oxyanions  in  Figure 
2.27,  you  can  deduce  the  names  for  the  other  oxyanions  of  these  elements. 

Q    GIVE  IT  SOME  THOUGHT 

Predict  the  formulas  for  the  borate  ion  and  silicate  ion,  assuming  that  they  contain  a 
single  B  and  Si  atom,  respectively,  and  follow  the  trends  shown  in  Figure  2.27. 

m  SAMPLE  EXERCISE  2.11  |  Determining  the  Formula  of  an  Oxyanion  from  Its 
Name 

Based  on  the  formula  for  the  sulfate  ion,  predict  the  formula  for  (a)  the  selenate  ion 
and  (b)  the  selenite  ion.  (Sulfur  and  selenium  are  both  members  of  group  6A  and 
form  analogous  oxyanions.) 

Solution  (a)  The  sulfate  ion  is  SC^"  .  The  analogous  selenate  ion  is  therefore  Se04  . 
(b)  The  ending  -ite  indicates  an  oxyanion  w  ith  the  same  charge  but  one  O  atom 

fewer  than  the  corresponding  oxyanion  that  ends  in  -ate.  Thus,  the  formula  for  the  se- 
lenite ion  is  SeO-r  • 

MB  PRACTICE  EXERCISE 

The  formula  for  the  bromate  ion  is  analogous  to  that  for  the  chlorate  ion.  Write  the 
formula  for  the  hypobromite  and  perbromate  ions. 

Answer:  BrO~  and  Br04~ 

(c)  Anions  derived  by  adding  H   to  an  oxyanion  are  named  by  adding  as  a  prefix 
the  word  hydrogen  or  dihydrogen,  as  appropriate: 

CC>32~     carbonate  ion  PQ4 1       phosphate  ion 

HCO3-   hydrogen  carbonate  ion  II2PO4    dihydrogen  phosphate  ion 
Notice  that  each  H  reduces  the  negativ  e  charge  of  the  parent  anion  by 
one.  An  older  method  for  naming  some  of  these  ions  is  to  use  the  prefix 

bi-.  Thus,  the  HCO-,  ion  is  commonly  called  the  bicarbonate  ion,  and 
HSO4   is  sometimes  called  the  bisulfate  ion. 
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TABLE  2.5   Common  Anions* 
C  h  a  rge 

Form  ii  1  a N  ame Form  ill  *i ■  t  f  1 1 1 1  n  i  <  i 

1- 

H Hydride  ion 
C2H3O2 

Acetate  ion 

1 Fluoride  ion 

CIO3 

Chlorate  ion 

CP 
Chloride  ion 

C104" 

Pprrh  1 0 r;i t*>  ion J    L  1  \.l  1  MM  O  11  Mill 
15 1 Bromide  ion 

NOP 

Mitr^tp  ion 
1  1  1  11  UK  I'll 

[ Indidt*  ion IVIU  IWl  11(11 

MnOP 

IVrmdrnMiLiti1  ion 

CN Cyanide  ion 

OH"
 

Hydroxide  ion 

2- 

O2"
 

Oxide  ion 

CO32"
 

Carbonate  ion 

O,2 

Peroxide  ion 

Cr042 

Chromate  ion 

s2 

Sulfide  ion 

Cr2072 

Dichromate  ion 

so42~
 

Sulfate  ion 

N 3
 

Nitride  ion 

po43_
 

Phosphate  ion 
*Tht-  most  ci 

immon  ions  are  in boldface. 

Names  and  Formulas  of  Ionic  Compounds 

ACTIVITY 
Ionic  Compounds 

The  names  and  formulas  of  the  common  anions  are  listed  in 
Table  2.5  A  and  on  the  back  inside  cover  of  the  text.  Those  anions 

whose  names  end  in  -idc  are  listed  on  the  left  portion  of  Table  2.5,  and 
those  whose  names  end  in  -ate  are  listed  on  the  right.  The  most  common 
of  these  ions  are  shown  in  boldface.  These  are  the  ones  you  should  learn 
first.  The  formulas  of  the  ions  whose  names  end  with  -ite  can  be  derived 

from  those  ending  in  -ate  by  removing  an  O  atom.  Notice  the  location  of 
the  monatomic  ions  in  the  periodic  table.  Those  of  group  7A  always 

have  a  1-  charge  (F ~,  CP,  Br",  and  P),  and  those  of  group  6A  have  a 
2-  charge  (0~~  and  S  ). 

3.  Ionic  Compounds 

Names  of  ionic  compounds  consist  of  the  cation  name  followed  by  the  anion  name: 

CaCK         calcium  chloride 

A1(N03)3    aluminum  nitrate 

Cu(C104)2   copper(II)  perchlorate  (or  cupric  perchlorate) 

In  the  chemical  formulas  for  aluminum  nitrate  and  copper(II)  perchlorate, 

parentheses  followed  by  the  appropriate  subscript  are  used  because  the 
compounds  contain  two  or  more  polyatomic  ions. 

■  SAMPLE  EXERCISE  2.12  |  Determining  the  Names  of  Ionic  Compounds  from 
Their  Formulas 

Name  the  following  compounds:  (a)  K2S04,  (b)  Ba(OH)2,  (c)  FeCl3. 

Solution  Each  compound  is  ionic  and  is  named  using  the  guidelines  we  have  al- 
ready discussed.  In  naming  ionic  compounds,  it  is  important  to  recognize  polyatom- 

ic ions  and  to  determine  the  charge  of  cations  with  variable  charge,  (a)  The  cation  in 

this  compound  is  K  ,  and  the  anion  is  S042~.  (If  you  thought  the  compound 
contained  S2~  and  02~  ions,  you  failed  to  recognize  the  polyatomic  sulfate  ion.) 
Putting  together  the  names  of  the  ions,  we  have  the  name  of  the  compound,  potassi- 

um sulfate,  (b)  In  this  case  the  compound  is  composed  of  Ba  +  and  OH~  ions.  Ba  is the  barium  ion  and  OH  is  the  hydroxide  ion.  Thus,  the  compound  is  called  barium 
hydroxide,  (c)  You  must  determine  the  charge  of  Fe  in  this  compound  because  an  iron 
atom  can  form  more  than  one  cation.  Because  the  compound  contains  three  CP  ions, 
the  cation  must  be  Fe3+,  which  is  the  iron(III),  or  ferric,  ion.  The  CP  ion  is  the  chloride 
ion.  Thus,  the  compound  is  iron(III)  chloride  or  ferric  chloride. 



2.8     |     Naming  Inorganic  Compounds 

PRACTICE  EXERCISE 

Name  the  following  compounds:  (a)  NH4Br,  (b)  Cr20,,  (c)  Co(NOd:- 
Answers:  (a)  ammonium  bromide,  (b)  chromium(III)  oxide,  (c)  cobalt(ll)  nitrate 

Hi  SAMPLE  EXERCISE  2.13  |  Determining  the  Formulas  of  Ionic  Compounds 
from  Their  Names 

Write  the  chemical  formulas  for  the  following  compounds:  (a)  potassium  sulfide, 
(b)  calcium  hydrogen  carbonate,  (c)  nickel(ll)  perchlorate. 

Solution  In  going  from  the  name  of  an  ionic  compound  to  its  chemical  formula,  you 
must  know  the  charge's  of  the  ions  to  determine  the  subscripts,  (a)  The  potassium  ion 
is  K  ,  and  the  sulfide  ion  is  S  .  Because  ionic  compounds  are  electrically  neutral,  two 

K'  ions  are  required  to  balance  the  charge  of  one  S"  ion,  giving  the  empirical  formu- 
la of  the  compound,  K:S.  (b)  The  calcium  ion  is  Ca  .  The  carbonate  ion  is  CO3  ,  so 

the  hydrogen  carbonate  ion  is  HCO3  .  two  HCO3  10ns  are  needed  to  balance  the 

positive  charge  of  Ca  ' ,  giving  Ca(I  ICOfo •  (c)  I  he  nickel(ll)  ion  is  Nr  .  The  perchlo- 
rate ion  is  CIO4  .Two  Cl()(  ions  are  required  to  balance  the  charge  on  one  Ni  ion, 

giving  Ni(C104)2. 

I  Hi  PRACTICE  EXERCISE 

Give  the  chemical  formula  for  (a)  magnesium  sulfate,  (b)  si  Kit  sulfide,  (c)  lead(II)  nitrate. 
Answers:  (a)  MgS04,  (b)  Ag2S,  (c)  Pb(N03)2 

Names  and  Formulas  of  Acids 

Acids  are  an  important  class  of  hydrogen-containing  compounds  and  are 
named  in  a  special  way.  For  our  present  purposes,  an  acid  is  a  substance  whose 

1  molecules  yield  hydrogen  ions  (II  )  when  dissolved  in  water.  When  we  en- 
counter the  chemical  formula  tor  an  acid  at  this  stage  ot  the  course,  it  will  be 

written  with  1 1  as  the  first  element,  as  in  HCI  and  H2SO4. 
We  can  consider  an  acid  to  be  composed  of  an  anion  connected  to  enough 

ions  to  neutralize,  or  balance,  the  anion's  charge.  Thus,  the  SO4     ion  re- 
quires two  H    ions,  forming  hhSO^.  T  he  name  of  an  ac  id  is  related  to  the  name 

of  its  anion,  as  summarized  in  Figure  2.2S  T. 

1.  Acids  containing  anions  whose  names  end  in  -ide  are  named  In/  changing  the  -ide 
ending  to  -ic,  adding  the  prefix  hydro-  to  this  anion  name,  and  then  following 
with  the  word  acid,  as  in  the  following  examples: 

Anion  Corresponding  Acid 

CI  (chloride)  HCI  (hydrochloric  acid) 

S~  (sulf  ide)  H2S  (hydrosulfuric  acid) 

Anion 

ide 

(chloride,  CI 

add  H 

V  id 

hvdro_ ic  acid 
(hydrochloric  acid,  HCI) 

<  Figure  2.28   Relating  names  of  anions 
and  acids.  Summary  of  the  way  in  which  anion 
names  and  acid  names  are  related.  The  prefixes 
per-  and  hypo-  are  retained  in  going  from  the 
anion  to  the  acid. 

 ate         j  j  j  1 1   ic  acid 

(chlorate,  C103~)      -  A       (chloric  acid,  HClCh) 
(perchlorate,  C104~)      ions         (perchloric  acid,  HC104) 

 ite         add  HH   ousacid 
(chlorite,  CIGV)   (chlorous  acid,  HC102) 

(hypochlorite,  CIO-)     ions       (hypochlorous  acid,  HCIO) 
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2.  Acids  containing  anion*  whose  names  end  m  -ate  or  -ite  are  named  by  changing 
-ate  fo  -ic  and  -ite  fo  -ous,  and  ///c//  adding  the  word  acid.  Prefixes  in  the  anion 
name  are  retained  in  the  name  of  the  acid.  These  rules  are  illustrated  by  the 
oxyacids  of  chlorine: 

Anion Corresponding  Acid 
C104 

(perchlorate) HCIO4  (perchloric  acid) 

CIO3 

(chlorate) HClCh  (chloric  acid) 

C102 

(chlorite) HC102  (chlorous  acid) CIO  ( 

hypochlorite) HCIO  (hvpochlorous  acid) 

■1  SAMPLE  EXERCISE  2.14  |  Relating  the  Names  and  Formulas  of  Acids 

Name  the  following  acids:  (a)  HCN,  (b)  HN03/  (c)  H2S04,  (d)  H2S03. 

Solution  (a)  The  anion  from  which  this  acid  is  derived  is  CN~,  the  cyanide  ion.  Be- 
cause this  ion  has  an  -idc  ending,  the  acid  is  given  a  hydro-  prefix  and  an  -ic  ending: 

hydrocyanic  acid.  Only  water  solutions  of  HCN  are  referred  to  as  hydrocyanic  acid: 
The  pure  compound,  which  is  a  gas  under  normal  conditions,  is  called  hydrogen 
cyanide.  Both  hydrocyanic  acid  and  hydrogen  cyanide  are  extremely  toxic,  (b)  Be- 

cause N03~  is  the  nitrate  ion,  HN03 's  called  nitric  acid  (the  -ate  ending  of  the  anion 
is  replaced  with  an  -ic  ending  in  naming  the  acid),  (c)  Because  SO42  is  the  sulfate  ion, 
H2S04  is  called  sulfuric  acid,  (d)  Because  S03~  is  the  sulfite  ion,  H2S03  is  sulfurous 
acid  (the  -ite  ending  of  the  anion  is  replaced  with  an  -ous  ending). 

■I  PRACTICE  EXERCISE 

Give  the  chemical  formulas  for  (a)  hydrobromic  acid,  (b)  carbonic  acid. 
Answers:  (a)  HBr,  (b)  H2C03 

TABLE  2.6  Prefixes  Used  in 

Naming  Binary  Compounds 
Formed  Between  Nonmetals 

Prefix  Meaning 

Mono- 
1 

Di- 

2 

7/7- 
3 

Tetra- 
4 

Penta- 
5 

Hexa- 
6 

Hepta- 
7 

(  )<  ta 8 

Nona- 
9 

Deca- 

in 

Names  and  Formulas  of  Binary  Molecular  Compounds 

The  procedures  used  for  naming  binary  (two-element)  molecular  compounds 
are  similar  to  those  used  for  naming  ionic  compounds: 

1.  The  name  of  the  element  farther  to  the  left  in  the  periodic  table  is  usually  'written  first. 
An  exception  to  this  rule  occurs  in  the  case  of  compounds  that  contain  oxy- 

gen. Oxygen  is  always  written  last  except  when  combined  with  fluorine. 

2.  If  both  elements  are  in  the  same  group  in  the  periodic  table,  the  one  having  the  high- 
er atomic  number  is  named  first. 

3.  The  name  of  the  second  element  is  given  an  -ide  ending. 

4.  Greek  prefixes  (Table  2.6  -4)  are  used  to  indicate  the  number  of  atoms  of  each  ele- 
ment. The  prefix  mono-  is  never  used  with  the  first  element.  When  the  prefix 

ends  in  a  or  0  and  the  name  of  the  second  element  begins  with  a  vowel 
(such  as  oxide),  the  a  or  0  of  the  prefix  is  often  dropped. 

The  following  examples  illustrate  these  rules: 

CbO    dichlorine  monoxide  NF,    nitrogen  trifluoride 

N2O4    dinitrogen  tetroxide  PjSm    tetra  phosphorus  decasulf ide 

It  is  important  to  realize  that  you  cannot  predict  the  formulas  of  most  mole- 
cular substances  in  the  same  way  that  you  predict  the  formulas  of  ionic  com- 

pounds. That  is  why  we  name  molecular  compounds  using  prefixes  that 

explicitly  indicate  their  composition.  Molecular  compounds  that  contain  hydro- 
gen and  one  other  element  are  an  important  exception,  however.  These  com- 

pounds can  be  treated  as  if  they  were  neutral  substances  containing  H+  ions  and 
anions.  Thus,  you  can  predict  that  the  substance  whose  name  is  hydrogen  chlo- 

ride has  the  formula  HC1,  containing  one  H+  to  balance  the  charge  of  one  CP. 

J 
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(The  name  hydrogen  chloride  is  used  only  for  the  pure  compound;  water  solu- 
tions of  HC1  are  called  hydrochloric  acid.)  Similarly,  the  formula  for  hydrogen 

sulfide  is  HoS  because  two  H  '  are  needed  to  balance  the  charge  on  S  . 

■■  SAMPLE  EXERCISE  2.15  |  Relating  the  Names  and  Formulas  of  Binary 
Molecular  Compounds 

Name  the  following  compounds:  (a)  S02/  (b)  PC15,  (c)  N2O3. 

Solution  The  compounds  consist  entirely  of  nonmetals,  so  they  arc  probably  molec- 
ular rather  than  ionic.  Using  the  prefixes  in  Table  2.6,  we  have  (a)  sulfur  dioxide, 

(b)  phosphorus  pentachloride,  and  (c)  dinitrogen  trioxide. 

mm  PRACTICE  EXERCISE 

Give  the  chemical  formula  for  (a)  silicon  tetrabromide,  (b)  disulfur  dichloride. 
Answers:  (a)  SiBr4,  (b)  S2C12 

2.9  I  Some  Simple  Organic  Compounds 

The  study  of  compounds  of  carbon  is  called  organic  chemistry,  and,  as  noted 
earlier  in  the  chapter,  compounds  that  contain  carbon  and  hydrogen,  often  in 

combination  with  oxygen,  nitrogen,  or  other  elements,  are  called  organic  com- 
pounds. We  will  examine  organic  compounds  and  organic  chemistry  in  some 

detail  in  Chapter  25.  You  will  see  a  number  of  organic  compounds  throughout 

this  text;  many  of  them  have  practical  applications  or  are  relev  ant  to  the  chem- 
istry of  biological  systems.  1  lore  we  present  a  very  brief  introduction  to  some  of 

the  simplest  organic  compounds  si)  as  to  provide  you  with  a  sense  of  what 
these  molecules  look  like  and  how  they  are  named. 

Alkanes 

Compounds  that  contain  only  carbon  and  hydrogen  are  called  hydrocarbons. 
In  the  most  basic  class  of  hydrocarbons,  each  carbon  atom  is  bonded  to  four 
other  atoms.  These  compounds  are  called  alkanes.  The  three  simplest  alkanes, 
which  contain  one,  two,  and  three  carbon  atoms,  respectively,  are  methane 
(CH4),  ethane  (CtH,,),  and  propane  (C^HS).  The  structural  formulas  of  these 
three  alkanes  are  as  follows: 

Methane,  Ethane,  Propane 
H  — C— H      H— C— C— H      H— C— C— C— H 

H  H    H  H    H  H 

Methane  Ethane  Propane 

Longer  alkanes  can  be  made  by  adding  additional  carbon  atoms  to  the  "skele- 
ton" of  the  molecule. 
Although  the  hydrocarbons  are  binary  molecular  compounds,  they  are  not 

named  like  the  inorganic  binary  compounds  discussed  in  Section  2.8.  Instead, 
each  alkane  has  a  name  that  ends  in  -nnc.  For  alkanes  with  five  or  more  carbon 
atoms,  the  names  are  derived  from  prefixes  like  those  in  Table  2.6.  An  alkane 

with  eight  carbon  atoms,  for  example,  is  called  octane  (CSH|,S),  where  the  octa- 
prefix  for  eight  is  combined  with  the  -arte  ending  for  an  alkane.  Gasoline  con- 

sists primarily  of  octanes,  as  will  be  discussed  in  Chapter  25. 
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3-D  MODELS 

Methanol,  Ethanol,  1-Propanol,  2-Propanol 

O  ft 

(a) 

(b) 

▲  Figure  2.29   The  two  forms  of 
propanol  (C}H7OH).  (a)  1-Propanol,  in  which 
the  OH  group  is  attached  to  one  of  the  end 
carbon  atoms,  and  (b)  2-propanol,  in  which  the 
OH  group  is  attached  to  the  middle  carbon  atom. 

Some  Derivatives  of  Alkanes 

Other  classes  of  organic  compounds  are  obtained  when  hydrogen  atoms  of 
alkanes  are  replaced  with  functional  groups,  which  are  specific  groups  of  atoms. 
An  alcohol,  for  example,  is  obtained  by  replacing  an  H  atom  of  an  alkane  with 

an  — OH  group.  The  name  of  the  alcohol  is  derived  from  that  of  the  alkane  by 
adding  an  -ol  ending: 

I  I 

H  — C  — OH 

1 1 

Methanol 

H  H H    H  H 

H  — C  — C  — OH      H  —  C  —  C— C  —  OH 

H  H 

Ethani  >l 

II    11  H 
1-Propanol 

Alcohols  have  properties  that  are  very  different  from  the  properties  of  the  al- 
kanes from  which  the  alcohols  are  obtained.  For  example,  methane,  ethane,  and 

propane  are  all  colorless  gases  under  normal  conditions,  whereas  methanol, 
ethanol,  and  propanol  are  colorless  liquids.  We  will  discuss  the  reasons  for 
these  differences  in  properties  in  Chapter  11 . 

The  prefix  "1 "  in  the  name  1-propanol  indicates  that  the  replacement  of  H  with 
OH  has  occurred  at  one  of  the  "outer"  carbon  atoms  rather  than  the  "middle"  car- 

bon atom.  A  different  compound  called  2-propanol  (also  known  as  isopropyl  alco- 
hol) is  obtained  if  the  OH  functional  group  is  attached  to  the  middle  carbon  atom: 

H    H  H H    H  H 

H  — C  — C  — C  — OH      H  — C  — C— C  — H 

H    H  H 

1-Propanol 

H    O  H 
H 

2-Propanol 

Ball-and-stick  models  of  these  two  molecules  are  presented  in  Figure  2.29  •< 
Much  of  the  richness  of  organic  chemistry  is  possible  because  organic  com- 

pounds can  form  long  chains  of  carbon-carbon  bonds.  The  series  of  alkanes  that 
begins  with  methane,  ethane,  and  propane  and  the  series  of  alcohols  that  begins 

with  methanol,  ethanol,  and  propanol  can  both  be  extended  for  as  long  as  we  de- 
sire, in  principle.  The  properties  of  alkanes  and  alcohols  change  as  the  chains  get 

longer.  Octanes,  which  are  alkanes  with  eight  carbon  atoms,  are  liquids  under 
normal  conditions.  If  the  alkane  series  is  extended  to  tens  of  thousands  of  carbon 

atoms,  we  obtain  polyethylene,  a  solid  substance  that  is  used  to  make  thousands  of 
plastic  products,  such  as  plastic  bags,  food  containers,  and  laboratory  equipment. 

■H  SAMPLE  EXERCISE  2.16  |  Writing  Structural  and  Molecular  Formulas  for 

Hydrocarbons 
Consider  the  alkane  called  pentane.  (a)  Assuming  that  the  carbon  atoms  are  in  a 
straight  line,  write  a  structural  formula  for  pentane.  (b)  What  is  the  molecular  formu- 

la for  pentane? 

Solution  (a)  Alkanes  contain  only  carbon  and  hydrogen,  and  each  carbon  atom  is 
attached  to  four  other  atoms.  Because  the  name  pentane  contains  the  prefix  pcnta-  for 
five  (Table  2.6),  we  can  assume  that  pentane  contains  five  carbon  atoms  bonded  in  a 
chain.  If  we  then  add  enough  hydrogen  atoms  to  make  four  bonds  to  each  carbon 
atom,  we  obtain  the  following  structural  formula: 

1 1 1  1 1 1 H 11 

H  —  C  — 

c- 

c- 

-c— C  — H 
H 

1  1 

1 1 H II 
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This  form  of  pentane  is  often  called  rc-pentane,  where  the  /;-  stands  for  "normal"  be- cause all  five  carbon  atoms  are  in  one  line  in  the  structural  formula. 

(b)  Once  the  structural  formula  is  written,  we  can  determine  the  molecular  for- 
mula by  counting  the  atoms  present.  Thus,  //-pentane  has  the  formula  C^H^- 

Wm  PRACTICE  EXERCISE 

Butane  is  the  alkane  with  lour  <  arbon  atoms,  (a)  What  is  the  molecular  formula  of  bu- 
tane? (b)  What  are  the  name  and  molecular  formula  of  an  alcohol  deriv  ed  from  butane? 

Answers:  (a)  C4H]0,  (b)  butanol,  C  ,1 1  m( )  or  C41 1.,(  )1 1 

SUMMARY  AND  KEY  TERMS 

Sections  2.1  and  2.2  Atoms  are  the  basic  building 
blocks  of  matter;  thev  are  the  smallest  units  of  an  element 

that  can  combine  with  other  elements.  /Moms  are  com- 

posed of  even  smaller  particles,  called  subatomic  particles 

Some  of  these  subatomic"  particles  are  charged  and  follow 
the  usual  behavior  of  charged  particles:  Particles  with  the 

same  charge  repel  one  another,  whereas  particles  with  un- 
like charges  are  attracted  to  one  another.  We  considered 

some  of  the  important  experiments  that  led  to  the  discov  - 

ery and  characterization  of  subatomic  particles.  Thomson's 
experiments  on  the  behavior  of  cathode  rays  in  magnetic 
and  electric  fields  led  to  the  discovery  ol  the  electron  and 

allowed  its  charge-to-mass  ratio  to  be  measured.  Millikan's 
oil-drop  experiment  determined  the  charge  of  the  electron. 

Becquerel's  discovery  of  radioactivity,  the  spontaneous 
emission  of  radiation  by  atoms,  gav  e  further  evidence  that 

the  atom  has  a  substructure.  Rutherford's  studies  of  how 
thin  metal  foils  scatter  a  particles  showed  that  the  atom  has 
a  dense,  positively  charged  nucleus. 

Section  2.3  Atoms  have  a  nucleus  that  contains 

protons  and  neutrons;  electrons  move  in  the  space 
around  the  nucleus.  The  magnitude  of  the  charge  of  the 

electron,  1.602  X  10  |L'C,  is  called  the  electronic  charge. 
The  charges  of  particles  are  usually  represented  as  multi- 

ples of  this  charge;  thus,  an  electron  has  a  I  -  charge,  and 
a  proton  has  a  1  +  charge.  The  masses  of  atoms  are  usual- 

ly expressed  in  terms  of  atomic  mass  units  (I  amu  = 

1 .66054  X  10  24  g).  The  dimensions  of  atoms  are  often  ex- 
pressed in  units  of  angstroms  ( 1  A  =  10  m). 

Elements  can  be  classified  by  atomic  number,  the 
number  of  protons  in  the  nucleus  of  an  atom.  All  atoms  of 
a  given  element  have  the  same  atomic  number.  The  mass 
number  of  an  atom  is  the  sum  of  the  numbers  of  protons 
and  neutrons.  Atoms  of  the  same  element  that  differ  in 

mass  number  are  known  as  isotopes. 

Section  2.4  The  atomic  mass  scale  is  defined  by  assign- 
ing a  mass  of  exactly  12  amu  to  a  C  atom.  The  atomic 

weight  (average  atomic  mass)  of  an  element  can  be  calcu- 
lated from  the  relative  abundances  and  masses  of  that 

element's  isotopes.  The  mass  spectrometer  provides  the 

most  direct  and  accurate  means  of  experimentally  mea- 
suring atomic  (and  molecular)  weights. 

Section  2.5  The  periodic  table  is  an  arrangement  of  the 
elements  in  order  of  increasing  atomic  number.  Elements 

with  similar  properties  are  placed  in  vertical  columns.  The 
elements  in  a  column  are  known  as  a  periodic  group. 
The  elements  in  a  horizontal  row  are  known  as  a  period. 

The  metallic  elements  (metals),  which  comprise  the  ma- 

jority of  the  elements,  dominate  the  left  side  and  the  mid- 
dle of  the  table;  the  nonmetallic  elements  (nonmetals)  are 

located  on  the  upper  right  side.  Many  of  the  elements  that 

lie  along  the  line  that  separates  metals  from  nonmetals  are 
metalloids 

Section  2.6  Atoms  can  combine  to  form  molecules. 

Compounds  composed  of  molecules  (molecular  com- 
pounds) usually  contain  only  nonmetallic  elements. 

A  molecule  that  contains  two  atoms  is  called  a  diatomic 

molecule.  I  he  composition  of  a  substance  is  given  by  its 

chemical  formula.  A  molecular  substance  can  be  repre- 
sented by  its  empirical  formula,  which  gives  the  relative 

numbers  of  atoms  of  each  kind.  It  is  usually  represented 

by  its  molecular  formula,  however,  which  gives  the  actu- 
al numbers  of  each  type  of  atom  in  a  molecule.  Structural 

formulas  show  the  older  in  which  the  atoms  in  a  mole- 

cule are  connected.  Ball-and-stick  models  and  span  - 
filling  models  are  often  used  to  represent  molecules. 

Section  2.7    Atoms  can  either  gain  or  lose  electrons, 

forming  charged  particles  called  ions.  Metals  tend  to  lost' 
electrons,  becoming  positively  charged  ions  (cations). 
Nonmetals  tend  to  gain  electrons,  forming  negativeh 
charged  ions  (anions).  Because  ionic  compounds  are 

electrically  neutral,  containing  both  cations  and  aniens 
they  usually  contain  both  metallic  and  nonmetallic  ele 
ments.  Atoms  that  are  joined  together,  as  in  a  molei  ule 
but  carry  a  net  charge  are  called  polyatomic  ions  lb 
chemical  formulas  used  tor  ionic  compounds  are  en 
cal  formulas,  which  can  be  written  readil)  if  the  i 
of  the  ions  are  known.  The  total  positive  charge  ol  the 
cations  in  an  ionic  compound  equals  the  total  negative 
charge  of  the  anions. 
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Section  2.8  The  set  of  rules  tor  naming  chemical  com- 
pounds is  called  chemical  nomenclature.  We  studied  the 

systematic  rules  used  for  naming  three  classes  of  inorgan- 
ic substances:  ionic  compounds,  acids,  and  binary  molec- 

ular compounds.  In  naming  an  ionic  compound,  the 
cation  is  named  first  and  then  the  anion.  Cations  formed 
from  metal  atoms  have  the  same  name  as  the  metal.  If  the 

metal  can  form  cations  of  differing  charges,  the  charge  is 
given  using  Roman  numerals.  Monatomic  anions  have 

names  ending  in  -ide.  Polyatomic  anions  containing  oxy- 
gen and  another  element  (oxyanions)  have  names  ending 

in  -ate  or  -He. 

Section  2.9  Organic  chemistry  is  the  study  of  com- 
pounds that  contain  carbon.  The  simplest  class  of  organic 

molecules  are  the  hydrocarbons,  which  contain  only  car- 
bon and  hydrogen.  Hydrocarbons  in  which  each  carbon 

atom  is  attached  to  four  other  atoms  are  called  alkanes. 

Alkanes  have  names  that  end  in  -one,  such  as  methane 
and  ethane.  Other  organic  compounds  are  formed  when 
an  H  atom  of  a  hydrocarbon  is  replaced  with  a  functional 

group.  An  alcohol,  tor  example,  is  a  compound  in  w  hich 

an  H  atom  of  a  hydrocarbon  is  replaced  by  an  OH  func- 
tional group.  Alcohols  have  names  that  end  in  -ol,  such  as 

methanol  and  ethanol. 

VISUALIZING  CONCEPTS 

2.1  A  charged  particle  is  caused  to  move  between  two  elec- 
trically charged  plates,  as  shown  below. 

2.4  Which  of  the  following  diagrams  is  most  likely  to  repre- 
sent an  ionic  compound,  and  which  a  molecular  one? 

Explain  your  choice.  [Sections  2.6  and  2.7] 

(a)  Why  does  the  path  of  the  charged  particle  bend? 
(b)  What  is  the  sign  of  the  electrical  charge  on  the 
particle?  (c)  As  the  charge  on  the  plates  is  increased, 
would  you  expect  the  bending  to  increase,  decrease,  or 
stay  the  same?  (d)  As  the  mass  of  the  particle  is 
increased  while  the  speed  of  the  particles  remains  the 
same,  would  you  expect  the  bending  to  increase, 
decrease,  or  stay  the  same?  [Section  2.2] 

2.2  Four  of  the  boxes  in  the  following  periodic  table  are  col- 
ored. Which  of  these  are  metals  and  which  are  non- 

metals?  Which  one  is  an  alkaline  earth  metal?  Which 

one  is  a  noble  gas?  [Section  2.5] 

2.3  Does  the  following  drawing  represent  a  neutral  atom  or 
,m  ion?  Write  its  complete  chemical  symbol  including 
mass  number,  atomic  number,  and  net  charge  (if  any). 
[Sections  23  and  2.7] 

2.5  Write  the  chemical  formula  for  the  following  com- 
pound. Is  the  compound  ionic  or  molecular?  Name  the 

compound.  [Sections  2.6  and  2.8] 

F  F 

F  F 

2.6  The  following  diagram  represents  an  ionic  compound  in 
which  the  cations  are  indicated  by  the  red  spheres  and 
the  anions  are  indicated  by  the  blue  spheres.  Which  of 
the  following  formulas  is  consistent  with  the  drawing: 

KBr,  K2S04,  Ca(N03)2/  Fe2(S04)3?  Name  the  com- 
pound. [Sections  2.7  and  2.8] 

16  protons  +  16  neutrons 

18  electrons 



EXERCISES 

Atomic  Theory  and  the  Discovery  of  Atomic  Structure 

2.7  How  does  Dal  ton's  atomic  theory  account  tor  the  fact 
that  when  1.000  g  of  water  is  decomposed  into  its  ele- 

ments, ().  1 1 1  g  ot  hydrogen  and  0.889  g  of  oxygen  are  ob- 
tained regardless  ol  the  sourc  e  of  the  water? 

2.8  Hydrogen  sulfide  is  composed  ol  two  elements:  hydro- 
gen and  sul  I  nr.  In  an  experiment,  b.300  g  ot  hydrogen 

sulfide  is  fully  decomposed  into  its  elements,  (a)  It 
0.384  g  of  hydrogen  is  obtained  in  this  experiment,  how 
many  grams  ol  sulfur  must  be  obtained?  (b)  What  fun- 

damental law  does  this  experiment  demonstrate1 
(c)  I  low  is  this  law  explained  by  Dalton's atomic  theory? 

2.9  A  chemist  finds  that  30.82  g  of  nitrogen  will  react  with 
17.60  g,  35.20  g,  70.40  g,  or  88.00  g  of  oxygen  to  form  four 
different  compounds,  (a)  Calculate  the  mass  of  oxygen 
per  gram  of  nitrogen  in  eat  h  compound,  (b)  I  low  do  the 

numbers  in  part  (a )  support  I  )alton's  atomit  theory? 
2.10  In  a  series  of  experiments,  a  chemist  prepared  three  differ- 

ent compounds  that  contain  only  iodine  and  fluorine  and 
determined  the  mass  of  each  element  in  each  c  ompound: 

Compound Mass  of  Iodine  (g) Mass  of  Fluorine  (g) 

1 4.73 3.56 
7.64 3.43 

3 9.41 9.86 

(a)  Calculate  the  mass  of  fluorine  per  gram  of  iodine  in 
each  compound,  (b)  How  do  the  numbers  in  part  (a) 
support  the  atomic  theory? 

2.11  Summarize  the  evidence  used  by  J.  J.  T  homson  to  argue 
that  cathode  rays  consist  of  negatively  charged  particles. 

Modern  View  of  Atomic  Structure;  Atomic  Weights 

2.15  The  radius  of  an  atom  of  krypton  (Kr)  is  about  1.9  A. 
(a)  Express  this  distance  in  nanometers  (nm)  and  in  pi- 
cometers  (pm).  (b)  How  many  krypton  atoms  would 
have  to  be  lined  up  to  span  1 .0  mm?  (c)  It  the  atom  is  as- 

sumed to  be  a  sphere,  w  hat  is  the  volume  in  enr  ol  a 
single  Kr  atom? 

2.16  An  atom  of  tin  (Sn)  has  a  diameter  ol  about 

2.8  x  10  8 cm.  (a)  What  is  the  radius  of  a  tin  atom  in 
angstroms  (A)  and  in  meters  (m)?  (b)  How  many  Sn 
atoms  would  have  to  be  placed  side  by  sale  to  span  a 
distance  of  6.0  /xm?  (c)  It  the  atom  is  assumed  to  be  a 

sphere,  what  is  the  volume  in  m  '  of  a  single  Sn  atom1 
2.17  Answer  the  following  questions  without  referring  to 

Table  2.1:  (a)  What  are  the  main  subatomic  particles  that 

make  up  the  atom1  (b)  What  is  the  charge,  in  units  of  the 
electronic  charge,  of  each  ot  the  particles?  (c)  Which  of  the 
particles  is  the  most  massive?  Which  is  the  least  massive? 
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2.12  An  unknow  n  particle  is  caused  to  move  between  two 

electrically  charged  plates,  as  illustrated  in  Figure  2.8 
Its  path  is  deflected  in  the  opposite  direction  from  that 

of  a  beta  particle,  ami  it  is  deflected  by  a  smaller  magni- 
tude. What  can  you  conclude  about  the  charge  and  mass 

of  this  unknem  n  particle1 
2.13  (a)  Figure  2.3  shows  the  apparatus  used  in  the  Millikan 

oil-drop  experiment  with  the  positively  charged  plate 
above  the  negatively  charged  plate.  What  do  you  think 
would  be  the  effect  on  the  rate  ot  oil  drops  descending  it 
the  charges  on  the  plates  w  ere  reversed  (negative  above 

positive)1  (b)  In  his  original  scries  ot  experiments,  Mil- 
likan measured  the  charge  on  58  separate  oil  drops. 

Why  do  you  suppose  he  chose  so  many  drops  before 
reaching  his  final  conclusions? 

2.14  Millikan  determined  the  charge  on  the  electron  by  study- 
ing the  static  charges  on  oil  drops  tailing  in  an  electric 

field.  A  student  carried  out  this  experiment  using  several 
oil  drops  tor  her  measurements  and  calculated  the 
charges  on  the  drops.  She  obtained  the  following  data: 

Droplet        Calculated  Charge  (C) 

A L.60 

in 

\H 

B 

3.13 ID 
19 

C 4,s| 

ID 

l<J 

D 
6.31 

ID 

(a)  What  is  the  significance  of  the  fact  that  the  droplets 
carried  different  charges?  (b)  What  conclusion  can  the 
student  draw  from  these  data  regarding  the  charge  of 
the  electron?  (c)  What  value  (and  to  how  many  signifi- 

cant figures)  should  she  report  tor  the  electronic  charge? 

2.18  Determine  whether  each  of  the  follow  ing  statements  is 
true  or  false;  it  false,  correct  the  statement  to  make  it 

true:  (a)  I  he  nucleus  has  most  of  the  mass  and  compris- 
es most  ol  the  volume  ot  an  atom;  (b)  e\  ery  atom  ol  a 

given  element  has  the  same  number  ol  protons;  (c)  the 
number  of  electrons  in  an  atom  equals  the  number  ot 
neutrons  m  the  atom,  (d)  the  protons  in  the  nucleus  ol 
the  helium  atom  are  held  together  by  a  force  called  the 
strong  nuclear  force. 

2.19  (a)  Define  atomic  number  anil  mass  number,  (b)  Which 

ol  these  can  vary  w  ithout  changing  the  identity  ol  the 
element? 

2.20  (a)  Which  two  of  the  following  are  isotopes  ol  the  same 

element:  ̂ X,  ̂ X,  ,'rv\?  (b)  What  is  the  identity  ol  the  ele 
ment  whose  isotopes  you  have  selei  ted 1 

2.21  How  many  protons,  neutrons,  and  electrons  are  in  i1 

following  atoms:    (a)  t0Ar,  (b)  ''Y.n,  (c)  7l,C.a,  (dl  br, 
(e)  l84W,(f)  24  Am 
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2.22  Each  of  the  following  isotopes  is  used  in  medicine.  Indi- 
cate the  number  of  protons  and  neutrons  in  each  iso- 

tope: (a)  phosphorus- 32,  (b)  chromium-51,  (c)  cobalt-60, 
(d)  technetium-99,  (e)  iodine-131;  (f)  thallium-201. 

2.23  Fill  in  the  gaps  jn  the  following  table,  assuming  each 
column  represents  a  neutral  atom: 

Symbol 

s:Cr 

Protons 25 

82 

Neutrons 
30 

64 
Electrons 

48 
86 

Mass  no. 222 207 

2.24  Fill  in  the  gaps  in  the  following  table,  assuming  each 
column  represents  a  neutral  atom: 

Symbol 

l2,Sb 

Protons 
45 

94 

Neutrons 
58 

50 

Electrons 38 52 

Mass  no. 127 239 

2.25  Write  the  correct  symbol,  with  both  superscript  and  sub- 
script, for  each  of  the  following.  Use  the  list  of  elements 

on  the  front  inside  cover  as  needed:  (a)  the  isotope  of 
platinum  that  contains  118  neutrons,  (b)  the  isotope 

of  krypton  with  mass  number  84,  (c)  the  isotope  of  ar- 
senic with  mass  number  75,  (d)  the  isotope  of  magne- 
sium that  has  an  equal  number  of  protons  and  neutrons. 

2.26  One  way  in  which  Earth's  evolution  as  a  planet  can  be 
understood  is  by  measuring  the  amounts  of  certain  iso- 

topes in  rocks.  One  quantity  recently  measured  is  the 
ratio  of  Xe  to  Xe  in  some  minerals.  In  what  way  do 
these  two  isotopes  differ  from  one  another,  and  in  what 
respects  are  they  the  same? 

2.27  (a)  What  isotope  is  used  as  the  standard  in  establishing 
the  atomic  mass  scale?  (b)  The  atomic  weight  of  boron  is 
reported  as  10.81,  yet  no  atom  of  boron  has  the  mass  of 
10.81  amu.  Explain. 

2.28  (a)  What  is  the  mass  in  amu  of  a  carbon-12  atom? 
(b)  Why  is  the  atomic  weight  of  carbon  reported  as 

The  Periodic  Table;  Molecules  and  Ions 

2.35  For  each  of  the  following  elements,  write  its  chemical 
symbol,  locate  it  in  the  periodic  table,  and  indicate 
whether  it  is  a  metal,  metalloid,  or  nonmetal:  (a)  chromi- 

um, (b)  helium,  (c)  phosphorus,  (d)  zinc,  (e)  magne- 
sium, (f)  bromine,  (g)  arsenic. 

2.36  Locate  each  of  the  following  elements  in  the  periodic 
table;  indicate  whether  it  is  a  metal,  metalloid,  or  non- 
metal;  and  give  the  name  ol  the  element:  (a)  Na,  (b)  Ti, 

<c)Ga,  (d)  t  ,  (e)  I'd,  (f)  Se,  (g)  Kr. 
2.37  For  each  ot  (he  following  elements,  write  its  chemical 

symbol,  determine  the  name  of  the  group  to  which  it  be- 

12.01 1  in  the  table  of  elements  and  the  periodic  table  in 
the  front  inside  coyer  of  this  text? 

2.29  Only  two  isotopes  of  copper  occur  naturally,  f'\_Ti  (atomic 
mass  -  62.92%  amu;  abundance  69.177,,)  and  ̂ Cu 
(atomic  mass  =  64.9278  amu;  abundance  30.83",,).  Calcu- 

late the  atomic  weight  (average  atomic  mass)  of  copper. 
2.30  The  element  lead  (Pb)  consists  of  four  naturally  occur- 

ring isotopes  with  atomic  masses  203.97302,  205.97444, 
206.97587,  and  207.97663  amu.  The  relativ  e  abundances 

of  these  four  isotopes  are  1.4,  24.1,  22.1,  and  52.4%,  re- 
spei  lively.  From  these  data,  calculate  the  atomic  weight 
of  lead. 

2.31  (a)  In  what  fundamental  way  is  mass  spectrometry  re- 
lated to  Thomson's  cathode-ray  experiments  (Figure 

2.4)?  (b)  What  are  the  labels  on  the  axes  of  a  mass  spec- 
trum? (c)  In  order  to  measure  the  mass  spectrum  of  an 

atom,  the  atom  must  first  lose  or  gain  one  or  more  elec- 
trons. Why  is  this  so? 

2.32  (a)  The  mass  spectrometer  in  Figure  2. 1 3  has  a  magnet  as 
one  of  its  components.  What  is  the  purpose  of  the  mag- 

net? (b)  The  atomic  weight  of  CI  is  35.5  amu.  However, 
the  mass  spectrum  of  CI  (Figure  2.14)  does  not  show  a 

peak  at  this  mass.  Explain,  (c)  A  mass  spectrum  of  phos- 
phorus (P)  atoms  shows  only  a  single  peak  at  a  mass  of 

31.  What  can  you  conclude  from  this  observ  ation? 

2.33  Naturally  occurring  magnesium  has  the  following  iso- 
topic  abundances: Isotope 

Abundance Atomic  mass  (amu) 

24Mg :^Mg 
2hMg 

78.99",, 
10.00% 

11.01",, 

23.98504 
24.98584 

25.98259 

(a)  What  is  the  average  atomic  mass  of  Mg?  (b)  Sketch 
the  mass  spectrum  of  Mg. 

2.34  Mass  spectrometry  is  more  often  applied  to  molecules 
than  to  atoms.  We  will  see  in  Chapter  3  that  the  molecular 
weight  of  a  molecule  is  the  sum  of  the  atomic  weights  of 
the  atoms  in  the  molecule.  The  mass  spectrum  of  H2  is 
taken  under  conditions  that  prevent  decomposition  into 

H  atoms.  The  two  naturally  occurring  isotopes  of  hydro- 

gen are  'H  (atomic  mass  =  1.00783  amu;  abundance 
99.9885%)  and  2H  (atomic  mass  =  2.01410  amu;  abun- 

dance 0.0115",,).  (a)  How  many  peaks  will  the  mass 
spectrum  have?  (b)  Give  the  relative  atomic  masses  of 
each  of  these  peaks,  (c)  Which  peak  will  be  the  largest, 
and  which  the  smallest? 

longs  (Table  2.3),  and  indicate  whether  it  is  a  metal,  met- 
alloid, or  nonmetal:  (a)  potassium,  (b)  iodine,  (c)  mag- 

nesium, (d)  argon,  (e)  sulfur. 
2.38  The  elements  of  group  4A  show  an  interesting  change  in 

properties  mov  ing  down  the  group.  Give  the  name  and 
chemical  symbol  of  each  element  in  the  group,  and  label 
it  as  a  nonmetal,  metalloid,  or  metal. 

2.39  What  can  we  tell  about  a  compound  when  we  know  the 

empirical  formula?  What  additional  information  is  con- 
veyed  by  the  molecular  formula?  By  the  structural  for- 

mula? Explain  in  each  case. 
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2.40  Two  compounds  have  the  same  empirical  formula.  One 
substance  is  a  gas,  the  other  is  a  viscous  liquid.  How  is  it 

possible  for  two  substances  with  the  same  empirical  for- 
mula to  have  markedly  different  properties? 

2.41  Write  the  empirical  formula  corresponding  to  each  ot 
the  following  molecular  formulas:  (a)  ANBrh,  (b)  CsHni, 
(c)  C4H802,  (d)  P4Oi0<  (e)  C,H4C12,  (f)  15  ,\  ,1  [6. 

2.42  Determine  the  molecular  and  empirical  formulas  of  the 
following:  (a)  The  organic  solvent  benzene,  which  has  six 

carbon  atoms  and  six  hydrogen  atoms;  (b)  the  com- 
pound silicon  tetrachloride,  which  has  ,i  silicon  atom  and 

tour  chlorine  atoms  and  is  used  in  the  manufacture  of 

computer  chips;  (c)  the  reactiv  e  substance  Jibornne, 
which  has  two  boron  atoms  and  six  hydrogen  atoms; 
(d)  the  sugar  called  glucose,  which  has  six  carbon  atoms, 
twelve  hydrogen  atoms,  and  six  oxygen  atoms. 

2.43  How  many  hydrogen  atoms  are  in  each  of  the  following: 

(a)  C2H501 1, '(b)  C  a(C  1 1  ;COO)2,  (c)  (NH  ,)  ,!'( V 2.44  How  many  of  the  indicated  atoms  are  represented  by  each 

chemical  formula:  (a)  carbon  atoms  in  C2H-,COOC'H-i, 
(b)  oxygen  atoms  in  Ca(C  I03)2,  (c)  hydrogen  atoms  in 
(NH4)2HP04? 

2.45  Write  the  molecular  and  structural  formulas  for  the  com- 

pounds represented  by  the  following  molecular  models: 

2.47  Fill  in  the  gaps  in  the  following  table: 

H 

0  c> 

a 

h  h 

(c) 

(b) 

F  F 

™  F 

(d) 

.46  Write  the  molecular  and  structural  formulas  for  the 

compounds  represented  by  the  following  models: 

0 

H ft  * 

Symbol 

Co 

Protons 

34 

76 

80 

Neutrons 
46 116 120 

Electrons 36 78 

Net  charge 

2  + 
2.48  Fill  in  the  gaps  in  the  following  table: 

Symbol 

75  As3 

Protons 

28 

^3 

Neutrons 
31 74 

Electrons 

2b 

76 

Net  charge 

1  - 

2.49 

2.50 

2.51 

2.53 

2.54 

2.55 

2.5<i 

(a) 
(b) 

Each  of  the  following  elements  is  capable  of  forming  an 
ion  in  chemical  reactions.  By  referring  to  the  periodic 
table,  predict  the  charge  of  the  most  stable  ion  ot  each: 
(a)  Mg,  (b)  Al,  (c)  K,  (d)  S,  (e)  F. 
Using  the  periodic  table,  predict  the  charges  of  the  ions 
of  the  following  elements:  (a)  Sr,  (b)  Sc,  (c)  P,  (d)  I,  (e)  Se. 

Using  the  periodic  table  to  guide  you,  predict  the  chem- 
ical formula  and  name  of  the  compound  formed  b\  the 

following  elements:  (a)  Ga  and  F,  (b)  I  1  and  II,  (c)  Al 
and  I,  (d)  K  and  S. 
The  most  common  charge  associated  with  silver  in  its 
compounds  is  1+.  Indicate  the  chemical  formulas  you 
would  expect  for  compounds  formed  between  Ag  and 
(a)  iodine,  (b)  sulfur,  (c)  fluorine. 

Predict  the  chemical  formula  for  the  ionic  compound 

formed  by  (a)  Ca:  and  Br  ,  (b)  K   and  C032  ,  (c)  Al ' 
and  C2H302,   (d)  NH )     and   SQ42  ,   <e)  Mg2  and pcV  ■ 

Predict   the  chemical   formulas  ot   the  compounds 
formed  by  the  follow  ing  pairs  of  ions:  (a)  Cu  and 

S2  ,  (b)  Fe'   and  O2  ,  (c)  Hg:2    and  C032  ,  (d)  Ca2 
and  AsCV  -(e)  Nil,    and  C032  . 
Predict  whether  each  ot  the  following  compounds  is 
molecular  or  ionic:  (a)  B2H6,  (b)CH3OH,  (c)  LiN03, 
(d)  SO.  (e)CsBr,  (f)  NOG,  (g)  NF3<  (h)  Ag2S04. 

Which  of  the  following  are  ionic,  and  which  are  molec  11- 
lar?  (a)PF5,  (b)  Nal,  (c)  SC12,  (d)  Ca(N03)2,  (e)  Fe(  I  ,, 
(f)  LaP,  (g)  CoC03,  (h)  N204. 

h 

(d) 
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2.57  Give  the  chemical  formula  for  (a)  chlorite  ion, 
(b)  chloride  ion,  (c)  chlorate  ion,  (d)  perchlorate  ion, 
(e)  hypochlorite  ion. 

2.58  Selenium,  an  element  required  nutritionally  in  trace 
quantities,  forms  compounds  analogous  to  sulfur.  Name 

the    following    ions:    (a)  Se042  ,    (b)  Se2  ,    (c)  MSe  , 

(d)  HSe03~. 
2.59  Name  the  following  ionic  compounds:  (a)  MgO, 

(b)AICh,    (c)Li3P04,    (d)  Ba(C104)2,    (e)  Cu(N03)2, 
(f)  Fe(OH)2,  (g)  Ca(C2H302)2,  (h)  Cr2(C03)3, 
(i)  K2Cr04<  (j)  (NH4)2S04. 

2.60  Name    the    following    ionic    compounds:    (a)  Li20, 
(b)  NaClO,  (c)Sr(CN)2/  (d)  Cr(OH)3,  (e)  Fe2(C03)3, 
(f)  Co(N03)2/  (g)  (NH4)2S03,  (h)  NaH2P04,(i)  KMn64, 

(j)  Ag2Cr2CK 
2.61  Write  the  chemical  formulas  for  the  following  com- 

pounds: (a)  aluminum  hydroxide,  (b)  potassium  sulfate, 

(c)  copper(I)  oxide,  (d)  zinc  nitrate,  (e)  mercury(II)  bro- 
mide, (f)  iron(lll)  carbonate,  (g)  sodium  hypobromite. 

2.62  Give  the  chemical  formula  for  each  of  the  following 
ionic  compounds:  (a)  sodium  phosphate,  (b)  cobalt(ll) 
nitrate,  (c)  barium  bromate,  (d)  copper(II)  perchlorate, 
(e)  magnesium  hydrogen  carbonate,  (f)  chromium(III) 
acetate,  (g)  potassium  dichromate. 

2.63  Give  the  name  or  chemical  formula,  as  appropriate,  for 
each  of  the  following  acids:  (a)  HBr03,  (b)  HBr, 

(c)  H3PO4,  (d)  hypochlorous  acid,  (e)  iodic  acid,  (f)  sul- 
furous  acid. 

2.64  Provide  the  name  or  chemical  formula,  as  appropriate, 
for  each  of  the  following  acids:  (a)  hydrobromic  acid, 
(b)  hydrosulfuric  acid,  (c)  nitrous  acid,  (d)  H2C03, 
(e)  HC103,  (f)  HC2H302. 

2.65  Give  the  name  or  chemical  formula,  as  appropriate,  for 
each  of  the  following  binary  molecular  substances: 
(a)SF6,  (b)IF5/  (c)Xe03,  (d)  dinitrogen  tetroxide, 
(e)  hydrogen  cyanide,  (f)  tetraphosphorus  hexasulfide. 

2.66  The  oxides  of  nitrogen  are  very  important  ingredients 
in  determining  urban  air  pollution.  Name  each  of  the 

Additional  Exercises 

2.73  Describe  a  major  contribution  to  science  made  by  each 
of  the  following  scientists:  (a)  Dalton,  (b)  Thomson, 
(c)  Millikan,  (d)  Rutherford. 

2.74  What  is  radioactivity?  Indicate  whether  you  agree  or 
disagree  with  the  following  statement,  and  indicate 

your  reasons:  Henri  Becquerel's  discovery  of  radioactiv- 
ity shows  that  the  atom  is  not  indivisible,  as  had  been 

believed  for  so  long. 
2.75  1  low  did  Rutherford  interpret  the  following  observations 

made  during  his  re-particle  scattering  experiments? 
(a)  >st  re  particles  were  not  appreciably  deflected  as 
they  sed  through  the  gold  foil,  (b)  A  few  re  particles 

were  *.  'Cted  at  very  large  angles,  (c)  What  differences 
would  v*  expect  if  beryllium  foil  were  used  instead  of 
gold  foil  in  .    •re-particle  scattering  experiment? 

|2.76|  Suppose  a  s  ientist   repeats  the  Millikan  oil-drop 
experiment,  bn    reports  the  charges  on  the  drops 

following  compounds:  (a)  N20,  (b)  NO,  (c)  NO->, 
(d)  N205<  (e)  N204 

2.67  Write  the  chemical  formula  for  each  substance  mentioned 

in  the  following  word  descriptions  (use  the  front  inside 

cover  to  find  the  symbols  for  the  elements  you  don't 
know),  (a)  Zinc  carbonate  can  be  heated  to  form  zinc 

oxide  and  carbon  dioxide,  (b)  On  treatment  with  hydro- 
fluoric acid,  silicon  dioxide  forms  silicon  tetrafluoride 

and  water,  (c)  Sulfur  dioxide  reacts  with  water  to  form 

sulfurous  acid,  (d)  The  substance  phosphorus  trihvdride, 
commonly  called  phosphine,  is  a  toxic  gas.  (e)  Perchloric 
acid  reacts  with  cadmium  to  form  cadmium(Il)  perchlo- 

rate. (f)  Vanadium(III)  bromide  is  a  colored  solid. 
2.68  Assume  that  you  encounter  the  following  phrases  in 

your  reading.  What  is  the  chemical  formula  for  each 
substance  mentioned?  (a)  Sodium  hydrogen  carbonate 
is  used  as  a  deodorant,  (b)  Calcium  hypochlorite  is 
used  in  some  bleaching  solutions,  (c)  Hydrogen 

cyanide  is  a  very  poisonous  gas.  (d)  Magnesium  hy- 
droxide is  used  as  a  cathartic.  (e)Tin(II)  fluoride  has 

been  used  as  a  fluoride  additive  in  toothpastes, 
(f)  When  cadmium  sulfide  is  treated  with  sulfuric  acid, 

fumes  of  hydrogen  sulfide  are  given  off. 
2.69  (a)  What  is  a  hydrocarbon?  (b)  Butane  is  the  alkane  with 

a  chain  of  four  carbon  atoms.  Write  a  structural  formula 

for  this  compound,  and  determine  its  molecular  and 

empirical  formulas. 
2.70  (a)  What  ending  is  used  for  the  names  of  alkanes? 

(b)  Hexane  is  an  alkane  whose  structural  formula  has  all 

its  carbon  atoms  in  a  straight  chain.  Draw  the  structural 

formula  for  this  compound,  and  determine  its  molecu- 
lar and  empirical  formulas.  [Hint:  You  might  need  to 

refer  to  Table  2.6.  J 

2.71  (a)  What  is  a  functional  group?  (b)  What  functional 

group  characterizes  an  alcohol?  (c)  With  reference  to  Ex- 
ercise 2.69,  write  a  structural  formula  for  1-butanol,  the 

alcohol  derived  from  butane,  by  making  a  substitution 
on  one  of  the  end  carbon  atoms. 

2.72  (a)  What  do  ethane  and  ethanol  have  in  common? 

(b)  How  does  1-propanol  differ  from  propane? 

usmg  an  unusual  (and  imaginary)  unit  called  the 
warmomb  (wa).  He  obtains  the  following  data  for  four 
of  the  drops: 

Droplet  Calculated  Charge  (wa) 

A 

3.84  • 

1(T8 

B 
4.80  x 

iCT's 

C 
2.88  x 

icr8 

D 
8.64  x 

irr8 

(a)  If  all  the  droplets  were  the  same  size,  which  would 
fall  most  slowly  through  the  apparatus?  (b)  From  these 
data,  what  is  the  best  choice  for  the  charge  of  the  elec- 

tron in  warmombs?  (c)  Based  on  your  answer  to  part  (b), 
how  many  electrons  are  there  on  each  of  the  droplets? 
(d)  What  is  the  conversion  factor  between  warmombs 
and  coulombs? 



2.77  The  natural  abundance  of  lHe  is  0.000137%.  (a)  How 
many  protons,  neutrons,  and  electrons  are  in  an  atom  of 
He?  (b)  Based  on  the  sum  ot  the  masses  of  their  sub- 

atomic partic  les,  which  is  expected  to  be  more  massive, 

an  atom  of  He  or  an  atom  of  'H  (which  is  also  called 
tritium)?  (c)  Based  on  your  answer  for  part  (b),  what 
would  need  to  be  the  precision  ot  a  mass  spectrometer 
that  is  able  to  differentiate  between  peaks  that  are  due  to 
^He   and  5H+? 

[ 2.78 1  An  a  particle  is  the  nucleus  ot  an  'lie  atom,  (a)  How 
many  protons  and  neutrons  are  in  an  <»  particle? 
(b)  What  force  holds  the  protons  and  neutrons  together 
in  the  (c  particle?  (c)  What  is  the  charge  on  an  a  particle 
in  units  of  electronic  charge?  (d)  I  he  charge-to-mass 

ratio  of  an  «  particle  is  4.8224  X  104C/g.  Based  on  the 
charge  on  the  particle,  calculate  its  mass  in  grams  and  in 
amu.  (e)  By  using  the  data  in  (able  2.1,  compare  your 
answer  for  part  (d )  with  the  sum  ot  the  masses  ot  the  in- 

dividual subatomic  particles.  Can  you  explain  the  dif- 
ference in  mass?  (If  not,  we  will  discuss  such  mass 

differences  further  in  C  hapter  21.) 

[2.79|  A  cube  of  gold  that  is  1.00  cm  on  a  side  has  a  mass  of 
19.3  g.  A  single  gold  atom  has  a  mass  of  197.0  amu. 
(a)  How  manv  gold  atoms  an'  in  the  i  ube?  (b)  From  the 
information  given,  estimate  the  diameter  in  A  ot  a  single 

gold  atom,  (c)  What  assumptions  did  you  make  in  arm  - 
ing  at  your  answer  for  part  (b)? 

12.801  The  diameter  of  a  rubidium  atom  is  4.95  A.  We  will  con- 
sider two  different  ways  of  placing  the  atoms  on  a 

surface.  In  arrangement  A,  .ill  the  atoms  are  lined  up 
with  one  another.  Arrangement  B  is  called  a  close-packed 

arrangement  because  the  atoms  sit  in  the  "depressions" 
formed  by  the  previous  row  of  atoms: 

(a)  (b) 

(a)  Using  arrangement  A,  how  manv  Kb  atoms  could  be 
placed  on  a  square  surface  that  is  1.0  cm  on  a  side? 
(b)  How  many  Kb  atoms  could  be  placed  on  a  square  sur- 

face that  is  1.0  cm  on  a  side,  using  arrangement  B?  (c)  By 
what  factor  has  the  number  of  atoms  on  the  surface  in- 

creased in  going  to  arrangement  B  from  arrangement  A? 
If  extended  to  three  dimensions,  which  arrangement 
would  lead  to  a  greater  density  for  Kb  metal? 

12.811  (a)  Assuming  the  dimensions  of  the  nucleus  and  atom 
shown  in  Figure  2.12,  what  fraction  of  the  volume  of  the 

atom  is  taken  up  by  the  nucleus1  (b)  Using  the  mass  of  the 
proton  from  Table  2.1  and  assuming  its  diameter  is 

1.0  ■  10  11  m,  calculate  the  density  of  a  proton  in  g/cm  . 
2.82  The  element  oxygen  has  three  naturally  occurring  iso- 

topes, with  8,  9,  and  10  neutrons  in  the  nucleus,  respec- 
tively, (a)  Write  the  full  chemical  symbols  for  these  three 

isotopes,  (b)  Describe  the  similarities  and  differences  be- 
tween the  three  kinds  of  atoms  of  oxygen. 

Exercises  /o 

2.83  Use  Coulomb's  law,  F  =  fcQiQ1  rf2,  to  calculate  the  electrit 
fon  t'  on  an  electron  (Q  =  -1.6  >   10   4C)  exerted  b\  a 
single  proton  if  the  particles  are  0.53  ■  10     m  apart,  li 
constant  k  in  Coulomb's  law  is  9.0  ■  10JN'm~/C" (The  unit  abbrev  iated  N  is  the  New  ton,  the  SI  unit  of  force. ) 

2.84  Gallium  (Ga)  consists  of  two  naturally  occurring  iso- 
topes with  masses  of  68.926  and  70.925  amu  (a)  How 

manv  protons  and  neutrons  are  in  the  nucleus  of  each 

isotope1  Write  the  complete  atomic  symbol  for  each, 
showing  the  atomic  number  and  mass  number,  (b)  The 
average  atomic  mass  of  Ga  is  69.72  amu.  Calculate  the 
abundance  of  each  isotope. 

|2.85|  Using  a  suitable  reference  such  as  the  CRC  Handbook  of 
Chemistry  and  Physics  or  http://www.webelements.com, 

look  up  the  following  information  for  nickel:  (a)  the  num- 
ber of  known  isotopes,  (b)  the  atomic  masses  (in  amu) 

and  the  natural  abundance  of  the  five  most  abundant 
isotopes. 

|2.86|  There  are  two  different  isotopes  of  bromine  atoms.  Under 

normal  conditions,  elemental  bromine  consists  of  Br:  mol- 
ecules (Figure  2.19),  and  the  mass  of  a  Br?  molecule  is  the 

sum  of  the  masses  of  the  two  atoms  in  the  molecule.  The 

mass  spectrum  of  Br^  consists  ot  three  peaks: 

Mass  (amu) Kelative  Size 

1 57.836 
0.2  569 1 59.834 0.4999 

161.832 0.2431 

(a)  What  is  the  origin  of  each  peak  (of  what  isotopes  does 

each  consist)?  (b)  What  is  the  mass  of  each  isotope1  (c)  De- 
termine the  average  molecular  mass  of  a  Bn  molecule, 

(d)  Determine  the  av  erage  atomic  mass  ot  a  bromine 
atom,  (e)  Calculate  the  abundances  of  the  two  isotopes 

2.87  It  is  common  in  mass  spectrometry  to  assume  that  the 
mass  of  a  cation  is  the  same  as  that  of  its  parent  atom 

(a)  Using  data  in  Table  2.1,  determine  the  number  of  sig- 
nificant figures  that  must  be  reported  before  the  difference 

in  mass  of  'H  and  'l  1  is  significant,  (b)  What  percentage 
of  the  mass  of  an  'H  atom  does  the  electron  represent? 

2.88  Bronze  is  a  metallic  alloy  often  used  in  decorative  appli- 
cations and  in  sculpture.  A  typical  bronze  consists  of 

copper,  tin,  and  zinc,  with  lesser  amounts  of  phospho- 
rus and  lead.  Locate  each  of  these  five  elements  in  the 

periodic  table,  write  their  svmbols,  and  identify  the 
group  of  the  periodic  table  to  which  they  belong 

2.89  From  the  following  list  of  elements — Ar,  1 1,  (.a,  Al,  C  a, 
Br,  Ge,  K,  O — pick  the  one  that  best  fits  each  des^  ription; 
use  each  element  only  once:  (a)  an  alkali  metal,  (b)  an  al- 

kaline earth  metal,  (c)  a  noble  gas,  (d)  a  halogen,  (e)  a 
metalloid,  (f)  a  nonmetal  listed  in  group  I  A,  (g)  a  metal 
that  forms  a  3+  ion,  (h)  a  nonmetal  th.it  forms  a  2  ion 
(i)  an  element  that  resembles  aluminum. 

2.90  The  first  atoms  of  seaborgium  (Sg)  were  identified  in  I1 
The  longest-liv  ed  isotope  of  Sg  has  .i  mass  numbei  i  2WS 
(a)  How  manv  protons,  electrons,  and  neutrons 
2w,Sg  atom?  (b)  Atoms  of  Sg  are  ver)  un  .  and  it  is 
therefore  difficult  to  study  this  element's  properties  Based 
on  the  position  of  Sg  in  the  periodic  table,  what  element 
should  it  most  closely  resemble  in  its  c  In  ink  al  properties? 
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2.91  From  the  molecular  structures  shown  here,  identify  the 

one  that  corresponds  to  each  of  the  following  species: 
(a)  chlorine  gas;  (b)  propane,  (c)  nitrate  ion;  (d)  sulfur 
trioxide;  (e)  methyl  chloride,  CH3CI. 

w In. 

dii) (iv) 

H 

(v) 

2.92  Name  each  of  the  following  oxides.  Assuming  that  the 
compounds  are  ionic,  what  charge  is  associated  with  the 
metallic  element  in  each  case?  (a)  NiO,  (b)  MnO^, 
(c)  Cr203,  (d)  M0O3. 

2.93  Iodic  acid  has  the  molecular  formula  HIO3.  Write  the 
formulas  for  the  following:  (a)  the  iodate  anion,  (b)  the 

periodate  anion,  (c)  the  hvpoiodite  anion,  (d)  hy- 
poiodous  acid,  (e)  periodic  acid. 

2.94  Elements  in  the  same  group  of  the  periodic  table  often 
form  oxyanions  with  the  same  general  formula.  The 
anions  are  also  named  in  a  similar  fashion.  Based  on 

these  observations,  suggest  a  chemical  formula  or 
name,  as  appropriate,  for  each  of  the  following  ions: 
(a)  BrQ4  ,  (b)  SeO-r  .  (c)  arsenate  ion,  (d)  hydrogen 
tellurate  ion. 

2.95  Give  the  chemical  names  of  each  of  the  following  famil- 
iar compounds:  (a)  NaCl  (table  salt),  (b)  NaHCCh  (bak- 
ing soda),  (c)  NaOCI  (in  many  bleaches),  (d)  NaOH 

(caustic  soda),  (e)  (\H4):C()1  (smelling  salts),  (f)  CaSO, 

(plaster  of  Paris) 
2.96  Many  familiar  substances  have  common,  unsystematic 

names.  For  each  of  the  following,  give  the  correct  system- 
atic name:  (a)  saltpeter,  KNO^:  (b)  soda  ash,  Na2CO-(: 

(c)  lime,  CaO;  (d)  muriatic  acid,  HC1;  (e)  Epsom  salts, 
MgS04;  (f)  milk  of  magnesia,  Mg(OH)2. 

2.97  Many  ions  and  compounds  have  very  similar  names, 
and  there  is  great  potential  for  confusing  them.  Write 
the  correct  chemical  formulas  to  distinguish  between 
(a)  calcium   sulfide  and   calcium   hydrogen  sulfide, 
(b)  hydrobromic  acid  and  bromic  acid,  (c)  aluminum 
nitride  and  aluminum  nitrite,  (d)  iron(II)  oxide  and 
iron(III)  oxide,  (e)  ammonia  and  ammonium  ion, 

(f)  potassium  sulfite  and  potassium  bisulfite,  (g)  mer- 
curous  chloride  and  mercuric  chloride,  (h)  chloric  acid 

and  perchloric  acid. 
1 2.98 1  Using  the  CRC  Handbook  of  Chemistry  and  Physics,  find 

the  density,  melting  point,  and  boiling  point  for  (a)  PF3, 
(b)  SiCI4,(c)  ethanol,C2HhO. 

|2.99|  The  compound  cyclohexane  is  an  alkane  in  which  six  car- 
bon atoms  form  a  ring.  The  partial  structural  formula  of 

the  compound  is  as  follows: c. 

.c. 

XT 

C 

C 

(a)  Complete  the  structural  formula  for  cyclohexane. 
(b)  Is  the  molecular  formula  for  cyclohexane  the  same  as 
that  for  n-hexane,  in  which  the  carbon  atoms  are  in  a 
straight  line?  If  possible,  comment  on  the  source  of  any 
differences,  (c)  Propose  a  structural  formula  for 
cydohcxanol,  the  alcohol  deri\  ed  from  cyclohexane. 

2.100  The  periodic  table  helps  organize  the  chemical  beha\  - 
iors  of  the  elements.  As  a  class  discussion  or  as  a  short 

essay,  describe  how  the  table  is  organized,  and  mention 
as  many  ways  as  you  can  think  of  in  which  the  position 
of  an  element  in  the  table  relates  to  the  chemical  and 

physical  properties  of  the  element. 
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I  e  M  E  D  I  A  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKev  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  comes  in  your  MediaPak. 

2.101  (a)  After  watching  the  Multiple  Proportions  animation 

(2.1),  show  how  the  oxygen-to-hydrogen  mass  ratios  of 
HoO  and  IhOi  illustrate  the  law  of  multiple  propor- 

tions, (b)  Refer  to  Exercise  2.9,  and  sketch  molecular 

models  (similar  to  those  in  the  movie)  of  the  three  isl- 
and O-containing  compounds  in  the  exercise,  (c)  Do  the 

same  thing  for  Exercise  2.1(1,  sketching  models  ol  the  I- 
and  F-containing  molecules. 

2.102  I'rior  to  Rutherford's  gold-foil  experiment,  the  mass  and 
positively  charged  particles  of  an  atom  were  thought  to 
he  evenly  distributed  throughout  the  volume  of  the 
.Horn,  (a)  Watch  the  animation  ol  the  Rutherford  Exper- 

iment: Nuclear  Atom  (2.2),  and  des<  ribe  how  the  exper- 
imental results  would  have  been  different  if  the  earlier 

model  had  been  correct,  (b)  What  spe(  ifi(  feature  of  the 

modern  \  lew  of  atomic  structure  w  as  illuminated  b\ 

Rutherford 's  experiment1 
2.103  The  Separation  of  Alpha,  Beta,  and  Gamma  Rays  ani- 

mation (2.2)  show  s  how  three  different  types  of  radioac- 
tive emissions  behave  in  the  presence  of  an  electric  field 

(a)  Which  of  the  three  types  of  radiation  does  not  consist 
of  a  stream  of  charged  particles?  (b)  In  Exercise  2»  vou 
explained  why  a  and  f>  rays  are  deflected  in  opposite 
directions.  In  the  movie,  the  difference  in  the  magnitude 

of  deflection  of  a  versus  f3  particles  is  attributed  primar- 
ily to  a  difference  in  mass.  I  low  much  nunc  massive  are 

q  particles  than  B  particles1  W  hat  factors  other  than 
mass  influence  the  magnitude  of  deflection? 

2.104  Give  the  correct  formula  and  name  for  the  ionic  com- 
pound formed  by  each  of  the  indicated  combinations: 

Nil,  and  AP  each  with  Br  ,  OH  ,  S:  ,  COr  ,  NO,  , 
and  CIO)  .  Use  the  Ionic  Compounds  activity  [2  7)  to 

check  your  answ  ers. 

jeLABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  and  skills 
for  this  chapter  in  the  simulated  laboratory  of  Virtual  ChemLab. 

i  Worksheets  for  each  of  these  exercises  are  found  in  the  Virtual 

'  ChemLab  Workbook  in  your  Medial'ak. 
2.105  (VCL  2-1)  Thomson  Cathode-Ray  lube  Experiment 

In  1897 ',  Thomson  showed  thai  if  vou  could  measure 
how  much  a  beam  of  electrons  was  bent  in  an  electric 

field  and  measure  the  magnetic  field  required  to  move 
the  beam  of  electrons  hack  to  center,  vou  could  deter- 

mine the  charge-to-mass  ratio  ((//hi,  )  for  the  elections 
In  this  problem,  vou  will  duplicate  the  Thomson  cath- 

ode-ray tube  experiment  and  calculate  the  charge-to- 
mass  ratio  of  an  electron. 

2.106  (VCL  2-2)  Millikan  Oil-Drop  Experiment 
In  1909,  Robert  Millikan  and  his  graduate  student  I  Ian  ey 
Fletcher  showed  that  they  could  measure  the  charge  e>t  an 

electron  by  making  very  small  oil  drops,  depositing  elec- 
trons on  these  drops,  and  then  applying  an  electric  field. 

You  will  get  a  chance  to  repeat  their  experiments  and, 
using  the  results  from  the  Thomson  assignment,  be  able 
to  experimentally  calculate  the  mass  of  an  electron. 

2.107  (VCL  2-3)  Rutherford's  Backscattering  Experiment 
A  kev  experiment  in  understanding  the  nature  of  atomic 
structure  was  completed  by  Ernest  Rutherford  in  1911. 
He  set  up  an  experiment  that  directed  a  beam  of  alpha 
particles  (helium  nuclei)  through  a  gold  foil  and  then 
onto  a  detector  screen.  According  to  the  plum-pudding 
atomic  model,  electrons  float  around  inside  a  cloud  of 

positive  charge.  Based  on  this  model,  Rutherford  expect- 
ed that  almost  all  the  alpha  particles  should  pass  through 

the  gold  foil  and  not  be  deflected.  A  few  of  the  alpha 
particles  would  experience  a  slight  deflection  because  of 
the  attraction  te>  the  negative  electrons.  Imagine  his  sur- 

prise when  a  few  alpha  particles  deflected  at  all  angles, 
even  nearly  straight  backward  You  will  have  a  chance  to 
repeat  this  experiment  and  observe  the  number  of  alpha 
particles  that  are  deflected  at  different  angles.  You  will 

also  be  able  to  experiment  with  other  metals  and  under- 
stand why  Rutherford  selected  gold. 

2. 108  (VCL  2-4)  Investigating  the  Properties  of  Alpha  and 
Beta  Particles 

As  scientists  began  investigating  the  pro  per  tie's  ol 
atoms,  their  first  discovery  was  that  they  could  extract 
negatively  charged  particles.  They  called  these  particles 
electrons,  but  they  are  also  known  as  beta  particles  in 
the  context  of  nuclear  decay.  Robert  Millikan  used  beta 
particles  in  his  famous  oil-drop  experiment.  Another 
particle  ejected  during  nuclear  decay  is  the  alpha  parti- 

cle. An  alpha  particle'  is  a  helium  nucleus,  or  a  helium 
atom  without  its  two  electrons.  Consequently,  an  alpha 

particle  is  positively  charged.  Ernest  Rutherford  used 

alpha  particles  in  his  gold-foil  experiment.  In  this  as- 
signment vou  will  investigate  the  propeties  of  alpha  and 

beta  particles  using  the  virtual  laboratory. 

2.109  (VCL  2-5)  Names  and  Formulas  of  Ionic  Compounds 
In  this  problem  you  will  go  into  the  virtual  laboratory,  and 
make  a  series  of  ionic  compounds  containing  the  cations 

Ag ' ,  I'b ' ,  Ca   ,  Fe3+,  and  Or';  observe'  the  reactions 
and  identify  the  color  of  the  compounds  formed;  w  rite  I 
chemical  formulas;  and  write  the  chemical  names. 



Chemical  Equations 

Some  Simple  Patterns 
of  Chemical  Reactivity 

3.3  Formula  Weights 

3.4  Avogadro's  Number 
and  the  Mole 

3.5  Empirical  Formulas 
from  Analyses 

3.6  Quantitative  Information 

from  Balanced  Equations 

3.7  Limiting  Reactants 

WHAT'S  AHEAD 

•  Wo  begin  by  considering  how  we 
can  use  chemical  formulas  to  write 

equations  that  represent  chemical 
reactions.  (Section  3.1) 

•  We  then  examine  some  simple  kinds 
of  chemical  reactions:  combination 

reactions,  decomposition  reactions,  and 
combust  ion  reactions.  (Section  3.2) 

•  We  then  use  chemical  formulas  to 
relate  the  masses  of  substances  to  the 
numbers  of  atoms,  molecules,  or 
ions  contained  in  the  substances,  a 

relationship  that  leads  to  the 
crucially  important  concept  of  a 

mole.  A  mole  is  6.022  x  1023  objects 
(atoms,  molecules,  ions,  or 
whatever).  (Sections  3.3 
and  3.4) 

•  We  will  apply  the  mole 
concept  to  determine 
chemical  formulas  from 
the  masses  of  each  element 

in  a  given  quantity  of  a 
compound.  (Section  3.5) 

•  We  will  use  the  quantitative 
information  inherent  in  chemical 

formulas  and  equations  together 
with  the  mole  concept  to 

predict  the  amounts  of 
substances  consumed 

and /or  produced  in 
chemical  reactions. 
(Section  3.6) 

•  A  special  situation  arises  when 
one  of  the  reactants  is  used  up  before 
the  others  and  the  reaction  therefore 

stops,  leaving  some  of  the  excess 
starting  material  unreacted. 
(Section  3.7) 



Stoichiometry: 

Calculations  with 

Chemical  Formulas 

and  Equations 

THE  CHAPTER-OPENING  PHOTOGRAPH  shows  the  reaction 

between  hydrogen  and  oxygen  gases  to  form 

water  vapor,  a  process  illustrated  earlier  from  a 

molecular  perspective  in  Figure  1.10.  The 

flame  is  the  visual  evidence  that  something 

is  happening;  and  to  an  experienced  eve,  it  indicates  a  chemical 
change,  a  kind  of  change  that  we  also  call  a  chemical  reaction. 
The  study  of  chemical  changes  is  at  the  heart  of  chemistry.  Some 
chemical  changes  are  simple,  and  some  are  complex.  Some  are 

iramatic;  some  are  very  subtle.  Even  as  you  sit  reading  this 
hapter,  there  are  chemical  changes  occurring  in  you.  The 
:hanges  that  occur  in  your  eves  and  brain,  for  example, 
are  what  allows  vou  to  see  these  words  and  think  about 

them.  Although  such  chemical  changes  are  not  as  ob- 
vious as  the  reaction  shown  in  the  chapter-opening 

^      photograph,  they  are  nevertheless  remarkable  for 
how  they  allow  us  to  function. 

In  this  chapter  we  begin  to  explore  some 

important  aspects  of  chemical  changes.  Our 
focus  will  be  both  on  the  use  of  chemical  for- 

mulas to  represent  reactions  and  on  the 

quantitative  information  we  can  obtain 
about  the  amounts  of  substances  in- 

volved in  reactions.  The  area  of  study 

that  examines  the  quantities  of  sub- 
stances consumed  and  produced  in 

chemical  reactions  is  known  as 

stoichiometry  (pronounced 

stoy-kev-OM-uh-tree),  a  name 
derived    from    the  Greek 

stoicheion  ("element")  and 
metron  ("measure").  This 

study      provides  an COMBUSTION  OF  HYDROGEN  CAS.  The  gas  is  bubbled  through  a  soap  solution  forming  hydrogen-filled 
bubbles.  As  the  bubbles  float  upwards,  they  are  ignited  by  a  candle  on  a  long  pole.  The  red-orange  flame  is 
due  to  the  combustion  of  the  soap  bubbles  as  the  hydrogen  reacts  with  oxygen  in  the  air. 79 
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▲  Figure  3.1   Antoine  Lavoisier 
(1734-1794).  tavoisier  conducted  many 
important  studies  on  combustion  reactions. 
Unfortunately,  his  career  was  cut  short  by  the 
French  Revolution.  He  was  a  member  of  the 
French  nobility  and  a  tax  collector.  He  was 
guillotined  in  1794  during  the  final  months  of  the 
Reign  of  Terror.  He  is  now  generally  considered  to 
be  the  father  of  modern  chemistry  because  he 
conducted  carefully  controlled  experiments  and 
used  quantitative  measurements. 

MOVIE 
Formation  of  water 

essential  set  of  tools  that  are  widely  used  in  chemistry.  Such  diverse  problems  as 
measuring  the  concentration  of  ozone  in  the  atmosphere,  determining  the  potential 

yield  of  gold  from  an  ore,  and  assessing  different  processes  for  conv  erting  coal  into 
gaseous  fuels  all  use  aspects  of  stoichiometry. 

Stoichiometry  is  built  on  an  understanding  of  atomic  masses  (Section  2.4), 
chemical  formulas,  and  the  law  of  conservation  of  mass.  [  he 

French  nobleman  and  scientist  Antoine  Lavoisier  (Figure  3.1  4)  discovered  this 

important  chemical  law  in  the  late  1700s.  In  a  chemistrv  text  published  in  17K9, 

Lavoisier  stated  the  law  in  this  eloquent  way:  "We  may  lay  it  down  as  an  incon- 
testable-axiom that,  in  all  the  operations  of  art  and  nature,  nothing  is  created;  an 

equal  quantity  of  matter  exists  both  before  and  after  the  experiment.  Upon  this 

principle,  the  whole  art  of  performing  chemical  experiments  depends."  With  the 
advent  of  Dalton's  atomic  theory,  chemists  came  to  understand  the  basis  for  this 
law:  Atoms  are  neither  created  nor  destroyed  during  any  chemical  reaction.  The 
changes  that  occur  during  any  reaction  merely  rearrange  the  atoms.  The  same 
collection  of  atoms  is  present  both  before  and  after  the  reaction. 

3.1  |  Chemical  Equations 

Chemical  reactions  are  represented  in  a  concise  way  by  chemical  equations. 

When  hydrogen  (Hi)  burns,  for  example,  it  reacts  with  oxygen  (O2)  in  the  air  to 

form  water  (H20)  (chapter-opening  photograph).  We  write  the  chemical  equa- 
tion for  this  reaction  as  follows: 

2  H->  +  0-> 
2FhO 

[3.1] 

We  read  the  +  sign  as  "reacts  with"  and  the  arrow  as  "produces."  The  chemical 
formulas  to  the  left  of  the  arrow  represent  the  starting  substances,  called 
reactants.  The  chemical  formulas  to  the  right  of  the  arrow  represent  substances 
produced  in  the  reaction,  called  products.  The  numbers  in  front  of  the  formulas 
are  coefficients.  (As  in  algebraic  equations,  the  numeral  1  is  usually  not  written.) 
The  coefficients  indicate  the  relative  numbers  of  molecules  of  each  kind  in- 

volved in  the  reaction. 

Because  atoms  are  neither  created  nor  destroyed  in  any  reaction,  a  chemical 
equation  must  have  an  equal  number  of  atoms  of  each  element  on  each  side  of 
the  arrow.  When  this  condition  is  met,  the  equation  is  said  to  be  balanced.  On  the 
right  side  of  Equation  3.1,  for  example,  there  are  two  molecules  of  H2O,  each 
composed  of  two  atoms  of  hydrogen  and  one  atom  of  oxygen.  Thus,  2  FUO 

(read  "two  molecules  of  water")  contains  2  x  2  =  4  H  atoms  and  2  x  1  =  20. 
Notice  that  the  number  of  atoms  is  obtained  by  multiplying  the  coefficient  and 
the  subscripts  in  the  chemical  formula.  Because  there  are  four  H  atoms  and  two 

O  atoms  on  each  side  of  the  equation,  the  equation  is  balanced.  We  can  repre- 
sent the  balanced  equation  by  the  following  molecular  models,  which  illustrate 

that  the  number  of  atoms  of  each  kind  is  the  same  on  both  sides  of  the  arrow: 

9 

Q    GIVE  IT  SOME  THOUGHT 

How  many  atoms  of  Mg,  O,  and  H  are  represented  by  3  Mg(OH)2? 



3.1         Chemical  Equations 

Chemical 
symbol Meaning 

Composition 

HiO      One  molecule 
of  water: 

2  H20    Two  molec  ule: 
of  water: 

H2O2     One  molecule 
of  hydrogen 

peroxide: 

Two  1 1  atoms  and  one  O  atom 

Four  H  atoms  and  two  O  atoms 

Two  H  atoms  and  two  O  atoms 

A  Figure  3.2   The  difference  between  a 
subscript  in  a  chemical  formula  and  a 
coefficient  in  front  of  the  formula.  Notice 
how  adding  the  coefficient  2  in  front  of  the 
formula  (line  2)  has  a  different  effect  on  the 
implied  composition  than  adding  the  subscript  2 
to  the  formula  (in  line  3).  The  number  of  atoms 
of  each  type  (listed  under  composition)  is 
obtained  by  multiplying  the  coefficient  and  the 
subscript  associated  with  each  element 
in  the  formula. 

Balancing  Equations 

Once  we  know  the  formulas  of  the  reactants  and  products  in  a  reaction,  we  can 
write  the  unbalanced  equation.  We  then  balance  the  equation  by  determining 
the  coefficients  that  provide  equal  numbers  of  each  type  (if  atom  on  each  side  of 

the  equation.  For  most  purposes,  a  balanced  equation  should  contain  the  small- 
est possible  whole-number  coefficients. 
In  balancing  equations,  it  is  important  to  understand  the  difference  between  a 

coefficient  in  front  of  a  formula  and  a  subscript  in  a  formula.  Refer  to  Figure  3.2  ▲. 

Notice  that  changing  a  subscript  in  a  formula — from  1 I20  to  H202,  for  example — 
changes  the  identity  of  the  chemical.  The  substance  1 1 202,  hydrogen  peroxide,  is 
quite  different  from  the  substance  1 120,  water.  Subscripts  should  never  be  changed  in 
balancing  an  equation.  In  contrast,  placing  a  coefficient  in  front  of  a  formula  changes 

only  the  amount  of  the  substance  and  not  its  identity.  Thus,  2  Fl20  means  two  mol- 
ecules of  water,  3  H2Q  means  three  molecules  of  water,  and  so  forth. 

To  illustrate  the  process  ot  balancing  equations,  consider  the  reaction  that 
occurs  when  methane  (CH4),  the  principal  component  of  natural  gas,  burns  in 
air  to  produce  carbon  dioxide  gas  (C02)  and  water  vapor  (Ff  20)  (Figure  3.3  T). 
Both  of  these  products  contain  oxygen  atoms  that  come  from  02  in  the  air. 
Thus,  02  is  a  reactant,  and  the  unbalanced  equation  is 

CH4  +  02 CO,  +  H.O [unbalanced) [3.2] 

It  is  usually  b>est  to  balance  first  those  elements  that  occur  in  the  fewest 
chemical  formulas  on  each  side  of  the  equation.  In  our  example  both  C  and  H 

ACTIVITY 
Reading  a  Chemical  Equation 

Products <  Figure  3.3   Methane  reacts  with 
oxygen  to  produce  the  flame  in  a  Bunsen 
burner.  The  methane  (CH4)  in  natural  gas  and 

oxygen  (02)  from  the  air  are  the  reactants  in  the 
reaction,  while  carbon  dioxide  (C02)  and  water 

(H20)  are  the  produds. 
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ACTIVITY 
Reading  a  Balanced  Chemical  Equation 

appear  in  only  one  reactant  and,  separately,  in  one  product  each,  so  we  begin  by 

focusing  on  CH4.  Let's  consider  first  carbon  and  then  hydrogen. 
One  molecule  of  the  reactant  CH4  contains  the  same  number  of  C  atoms 

(one)  as  one  molecule  of  the  product  CO2.  The  coefficients  for  these  substances 
must  be  the  same,  therefore,  and  we  choose  them  both  to  be  1  as  we  start  the 

balancing  process.  However,  one  molecule  of  CH4  contains  more  H  atoms 
(four)  than  one  molecule  of  the  product  H20  (two).  If  we  place  a  coefficient  2  in 
front  of  H20,  there  will  be  four  H  atoms  on  each  side  of  the  equation: 

CH4  +  02   »  C02  +  2  H20       (unbalanced)  [3.3] 

At  this  stage  the  products  have  more  O  atoms  (four — two  from  C02  and 
two  from  2  H20)  than  the  reactants  (two).  If  we  place  a  coefficient  2  in  front  of 
the  reactant  02,  we  complete  the  balancing  by  making  the  number  of  O  atoms 

equal  on  both  sides  of  the  equation: 

CH4  +  2  02   >  C02  +  2  H20       (balanced)  [3.4] 

The  molecular  view  of  the  balanced  equation  is  shown  in  Figure  3.4  ▼.  We  see 

that  there  are  one  C,  four  H,  and  four  O  atoms  on  both  sides  of  the  arrow,  indi- 
cating the  equation  is  balanced. 

►  Figure  3.4  Balanced  chemical  equation 
for  the  combustion  of  CH4.  The  drawings  of 
the  molecules  involved  call  attention  to  the 
conservation  of  atoms  through  the  reaction. 

ACTIVITY 
Counting  Atoms 

III, 

/1C\ 

\4H/ 

2  0, 

(4  O) 

GO 

CO, 

GS) 

2  H-,0 

\4H/ 



3.1 
Chemical  Equations 83 

The  approach  we  hove  taken  in  arriving  at  balanced  Equation  3.4  is  largely 

trial  and  error.  We  balance  each  kind  of  atom  in  succession,  adjusting  coeffi- 
cients as  necessary.  This  approach  works  for  most  chemical  equations. 

Hi  SAMPLE  EXERCISE  3.1  |  Interpreting  and  Balancing  Chemical  Equations 

The  following  diagram  represents  a  chemical  reaction  in  w  hich  the  red  spheres  are 
oxygen  atoms  and  the  blue  spheres  are  nitrogen  atoms,  (a)  Write  the  chemical  formu- 

las for  the  reactants  and  products,  (b)  Write  a  balanced  equation  for  the  reaction,  (c)  Is 
the  diagram  consistent  with  the  law  of  conservation  of  mass? 

& 

«
 

1 

Solution  (a)  The  left  box,  which  represents  the  reactants,  contains  two  kinds  of  mole- 
cules, those  composed  of  two  oxygen  atoms  (02)  and  those  composed  of  one  nitrogen 

atom  and  one  oxygen  atom  (NO).  The  right  box,  which  represents  the  products,  contains 
only  molecules  composed  of  one  nitrogen  atom  and  two  oxygen  atoms  (N02). 

(b)  The  unbalanced  chemical  equation  is 

02  +  NO   ►  N02  (unbalanced) 
In  this  equation  there  are  three  O  atoms  on  the  left  side  of  the  arrow  and  two  O  atoms 
on  the  right  side.  We  can  increase  the  number  of  O  atoms  by  placing  a  coefficient  2  on 
the  product  side: 

02  +  NO   >  2  N02  (unbalanced) 
Now  there  are  two  N  atoms  and  four  O  atoms  on  the  right.  Placing  a  coefficient  2  in 
front  of  NO  brings  both  the  N  atoms  and  O  atoms  into  balance: 

02  +  2  NO   >  2  NO:  (balanced) 
(c)  The  left  box  (reactants)  contains  tour  02  molecules  and  eight  NO  molecules. 

Thus,  the  molecular  ratio  is  one  02  for  each  two  NO  as  required  by  the  balanced 
equation.  The  right  box  (products)  contains  eight  N02  molecules.  The  number  of 
NO?  molecules  on  the  right  equals  the  number  of  NO  molecules  on  the  left  as  the  bal- 

anced equation  requires.  Counting  the  atoms,  we  find  eight  N  atoms  in  the  eight  NO 
molecules  in  the  box  on  the  left.  There  are  also  4  <  2  =  8  O  atoms  in  the  02  mole- 

cules and  eight  O  atoms  in  the  NO  molecules,  giving  a  total  of  lfi  O  atoms.  In  the  box 
on  the  right,  we  find  eight  N  atoms  and  8  <  2  =  16  O  atoms  in  the  eight  N02  mole- 

cules. Because  there  are  equal  numbers  of  both  N  and  O  atoms  in  the  two  boxes,  the 
drawing  is  consistent  with  the  law  of  conservation  of  mass. 

■1  PRACTICE  EXERCISE 

In  order  to  be  consistent  with  the  law  of  conservation  of  mass,  how  many  NH  3  mole- 
cules should  be  shown  in  the  right  box  of  the  following  diagram? 

ACTIVITY 
Balancing  Equations 

Answer:  Six  NH3  molecules 
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Indicating  the  States  of  Reactants  and  Products 

Additional  information  is  often  added  to  the  formulas  in  balanced  equations  to 
indicate  the  physical  state  of  each  reactant  and  product.  We  use  the  symbols  (;sq, 

(/),  (s),  and  (aq)  for  gas,  liquid,  solid,  and  aqueous  (water)  solution,  respectively. 
Thus,  Equation  3.4  can  be  written 

CH4(g)  +  202(g)  ~  -»  C02(g)  +  2  HzO(g)  [3.5] 

Sometimes  the  conditions  (such  as  temperature  or  pressure)  under  which  the 
reaction  proceeds  appear  above  or  below  the  reaction  arrow.  The  svmbol  A  (the 

Greek  uppercase  letter  delta)  is  often  placed  above  the  arrow  to  indicate  the  ad- 
dition of  heat. 

SAMPLE  EXERCISE  3.2  |  Balancing  Chemical  Equations 

Balance  this  equation: 

Solution  We  begin  by  counting  the 
atoms  of  each  kind  on  both  sides  of 
the  arrow.  The  Na  and  O  atoms  are 
balanced  (one  Na  and  one  O  on  each 
side),  but  there  are  two  H  atoms  on 
the  left  and  three  H  atoms  on  the 
right.  Thus,  we  need  to  increase  the 
number  of  H  atoms  on  the  left.  As  a 

trial  beginning  in  our  effort  to  bal- 
ance H,  let's  place  a  coefficient  2  in 

front  of  H20: 

Beginning  this  way  doesn't  balance 
H,  but  introducing  the  coefficient  2 
does  increase  the  number  of  H 

atoms  among  the  reactants,  which 
we  need  to  do.  The  fact  that  it  causes 
O  to  be  unbalanced  is  something  we 
will  take  care  of  after  we  balance  H. 
Now  that  we  have  2  H2G  on  the  left, 

we  can  balance  H  by  putting  a  coef- 
ficient 2  in  front  of  NaOH  on  the 

ri^ht: 

Balancing  H  in  this  way  fortuitously 
brings  O  into  balance,  but  notice 
that  Na  is  now  unbalanced,  with 
one  on  the  left  but  two  on  the  right. 
To  rebalance  Na,  we  put  a  coefficient 
2  in  front  of  the  reactant: 

Na(> H2Q(/) 
NaOH((?(/)  +  H2(g) 

MOVIE 
Sodium  and  Potassium  in  Water 

Na(s)  +  2  H20(/) 
NaOH(fl<7)  +  H2(g) 

Na(s) 

H20(/) 
NaOH(m?)  +  H2(g) 

2  Na(s)  +  2  H20(/) 2  NaOHO?,/)  +  H2(x) 

Finally,  we  check  the  number  of  atoms  of  each  element  and  find  that  we  have  two  Na  atoms,  four  H  atoms,  and  two  O  atoms  on 
each  side  of  the  equation.  The  equation  is  balanced. 
Comment:  Notice  that  in  balancing  this  equation,  we  mewed  back  and  forth  placing  a  coefficient  in  front  of  H20,  then  NaOH, 
and  finally  Na.  In  balancing  equations,  we  often  find  ourselves  following  this  pattern  of  moving  back  and  forth  from  one  side  of 
the  arrow  to  the  other,  placing  coefficients  first  in  front  of  a  formula  on  one  side  and  then  in  front  of  a  formula  on  the  other  side 
until  the  equation  is  balanced. 

■i  PRACTICE  EXERCISE 

Balam  e  the  following  equations  by  providing  the  missing  coefficients: 

(a)  Fe(s)  +     02{g)   *  _Fe2Ch(s) 
(b)  C2H4(#)  +     02(g)  »  _C02(g)  +  H20(x) 
(c)  M(s)  +     HCl(aq)  *  _A\Ch(aq)  +  _H2(g) 

Answers:  (a)  !,    2:  (b)  1 ,  3,  2,  2;  (c)  2,  6,  2,  3 
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5.2    Some  Simple  Patterns  of  Chemical  Reactivity 

In  this  section  we  examine  three  simple  kinds  of  reactions  that  we  will  see  fre- 
quently throughout  this  chapter.  Our  first  reason  for  examining  these  reactions 

is  merely  to  become  better  acquainted  with  chemical  reactions  and  their  bal- 
anced equations.  Our  second  reason  is  to  consider  how  we  might  predict  the 

products  of  some  of  these  reactions  knowing  onlv  their  reactants.  The  kev  to 

predicting  the  products  formed  by  a  given  combination  of  reactants  is  recog- 
nizing general  patterns  of  chemical  reactivity.  Recognizing  a  pattern  of  reactiv- 

ity for  a  class  of  substances  gives  you  a  broader  understanding  than  merely 
memorizing  a  large  number  of  unrelated  reactions. 

Combination  and  Decomposition  Reactions 

Table  3.1  T  summarizes  two  simple  tvpes  of  reactions,  combination  and  de- 
composition reactions.  In  combination  reactions  two  or  more  substances  react 

to  form  one  product.  There  are  many  examples  of  such  reactions,  especially 

those  in  which  elements  combine  to  form  compounds.  For  example,  magne- 
sium metal  burns  in  air  with  a  dazzling  brilliance  to  produce  magnesium  oxide, 

as  shown  in  Figure  3.5  ►: 

2  Mg(s)  +  02(g)  -  —  2  MgO(s)  [3.6] 

This  reaction  is  used  to  produce  the  bright  flame  generated  by  flares. 
When  a  combination  reaction  occurs  between  a  metal  and  a  nonmetal,  as  in 

Equation  3.6,  the  product  is  an  ionic  solid.  Recall  that  the  formula  of  an  ionic 
compound  can  be  determined  from  the  charges  of  the  ions  involved 

.  When  magnesium  reacts  with  oxygen,  for  example,  the  mag- 

nesium loses  electrons  and  forms  the  magnesium  ion,  Mg""'.  The  oxygen  gains 
electrons  and  forms  the  oxide  ion,  O  .  Thus,  the  reaction  product  is  MgO.  You 
should  be  able  to  recognize  when  a  reaction  is  a  combination  reaction  and  to 
predict  the  products  of  a  combination  reaction  in  which  the  reactants  are  a 
metal  and  a  nonmetal. 

Q    GIVE  IT  SOME  THOUGHT 

When  Na  and  S  combine  in  a  combination  reaction,  what  is  the  chemical  formula  of 
the  product? 

TABLE  3.1    Combination  and  Decomposition  Reactions 

Combination  Reactions 

A  + 
C(s) 

N2(g)  +  3H2(g)- 
CaO(s)  +  H.O(/) 

o2(g) 
C02(g) 
->  2  NH,(g) 
— »  Ca(OH)2 

Two  reactants  combine  to  form  a  single 
product.  Many  elements  react  with  one 
another  in  this  fashion  to  form  compoundj 

Decomposition  Reactions 

( A  + 
2  KC10,(s) 

PbC03(s)  - 
Cu(OH)2(s) 

*  2  KCl(s)  +  3  02(g) 
PbO(s)  +  C02(g) 
-h*  CuO(s)  +  H20(/) 

A  single  reactant  breaks  apart  to  form  two  or 
more  substances.  Many  compounds  react 
this  way  when  healed. 
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COMBINATION  REACTION 

///  combination  reactions,  two  or  more  substances  react  to  form  one  product. 

2  Mg(s 

The  ribbon  of  magnesium 
metal  is  surrounded  by  oxygen 
in  the  air,  and  as  it  burns,  an 
intense  flame  is  produced. 

When  magnesium  metal  burns,  thej 
Mg  atoms  react  with  02  molecules 
from  the  air  to  form  magnesium 

oxide,  MgO,  an  ionic  solid. 

2  MgO(s) 

At  the  end  of  the  reaction,  a 
rather  fragile  ribbon  of  white 

solid,  MgO,  remains. 

▲  Figure  3.5  Combustion  of  magnesium  metal  in  air. 

Pi 

MOVIE 
Reactions  with  Oxygen 

ANIMATION 
Air  Bags 

▲  Figure  1.6  An  automobile  air  bag. 
The  decompi;  ition  of  sodium  azide,  Nal\l3(s),  is 

used  to  inflate  -  'omobile  air  bags.  When 
properly  ignited,    i  NaN5  decomposes  rapidly, 
forming  nitrogen  gc  N,(g),  which  expands 
the  air  bag. 

In  a  decomposition  reaction  one  substance  undergoes  a  reaction  to  pro- 
duce two  or  more  other  substances.  Manv  compounds  undergo  decomposition 

reactions  when  heated.  For  example,  manv  metal  carbonates  decompose  to 
form  metal  oxides  and  carbon  dioxide  when  heated: 

CaC03(s) 
CaO(s)  +  C02(g) 

[3-7] 

The  decomposition  of  CaC03  is  an  important  commercial  process.  Limestone 
or  seashells,  which  are  both  primarily  CaC03,  are  heated  to  prepare  CaO, 

which  is  known  as  lime  or  quicklime.  About  2  X  1010  kg  (20  million  tons)  of 
CaO  is  used  in  the  United  States  each  year,  principally  in  making  glass,  in  ob- 

taining iron  from  its  ores,  and  in  making  mortar  to  bind  bricks. 
The  decomposition  of  sodium  azide  (NaN3)  rapidly  releases  No^),  so  this 

reaction  is  used  to  inflate  safety  air  bags  in  automobiles  (Figure  3.6  <): 
2  NaN3(s) 

2  Na(s)  +  3  N2(g) 

[3.8] 

The  system  is  designed  so  that  an  impact  ignites  a  detonator  cap,  which  in  turn 
causes  NaN3  to  decompose  explosively.  A  small  quantity  of  NaN3  (about  100  g) 

forms  a  large  quantity  of  gas  (about  50  L).  We  will  consider  the  volumes  of 
gases  produced  in  chemical  reactions  in  Section  10.5. 



3.2         Some  Simple  Patterns  of  Chemical  Reactivity 

HH  SAMPLE  EXERCISE  3.3  |  Writing  Balanced  Equations  for  Combination  and 
Decomposition  Reactions 

Write  balanced  equations  for  the  following  reactions:  (a)  The  combination  reaction 
that  occurs  when  lithium  metal  and  fluorine  gas  react,  (b)  The  decomposition  reac- 

tion that  occurs  when  solid  barium  carbonate  is  heated.  (Two  products  form:  a  solid 
and  a  gas.) 

Solution  (a)  The  symbol  for  lithium  is  Li.  With  the  exception  of  mercury,  all  metals 
are  solids  at  room  temperature.  Fluorine  occurs  as  a  diatomic  molecule  (see 
Figure  2.19).  Thus,  the  reactants  are  Li(s)  and  F2(,\')-  The  product  will  consist  of  a  metal 
and  a  nonmetal,  so  we  expect  it  to  be  an  ionic  solid.  Lithium  ions  have  a  1+  charge, 

Li*,  whereas  fluoride  ions  have  a  1  -  charge,  F  .  Thus,  the  chemical  formula  tor  the 
product  is  LiF.  The  balanced  chemical  equation  is 

2  Li(s)  +  F2(g)  —-2  LiF(s) 

(b)  The  chemical  formula  for  barium  carbonate  is  BaCO-,.  As  noted  in  the  text, 
many  metal  carbonates  decompose  to  form  metal  oxides  and  carbon  dioxide  when 
heated.  In  Equation  3.7,  for  example,  CaCO^  decomposes  to  form  CaO  and  CO2. 
Thus,  we  would  expect  that  BaCCh  decomposes  to  form  BaO  and  C02.  Barium  and 
calcium  are  both  in  group  2A  in  the  periodic  table,  moreover,  which  further  suggests 
they  would  react  in  the  same  way: 

BaCCh(s)   ►  BaO(s)  +  C02(g) 

m  PRACTICE  EXERCISE 

Write  balanced  chemical  equations  tor  the  following  reactions:  (a)  Solid  mercury(II) 
sulfide  decomposes  into  its  component  elements  when  heated,  (b)  The  surface  of  alu- 

minum metal  undergoes  a  combination  reaction  with  oxygen  in  the  air. 
Answers:  (a)  HgS(s)   *  Hg(/)  +  S(s);  (b)  4  Al(s)  +  3  <D2(g)   ►  2  Al203(s) 

Combustion  in  Air 

Combustion  reactions  are  rapid  reactions  that  produce  a  flame.  Most  of  the 
combustion  reactions  we  observ  e  involve  02  from  air  as  a  reactant.  Equation  3.5 
and  Practice  Exercise  3.1(b)  illustrate  a  general  class  of  reactions  involving  the 
burning,  or  combustion,  of  hydrocarbon  compounds  (compounds  that  contain 
only  carbon  and  hydrogen,  such  as  CH4  and  C2H4). 

When  hydrocarbons  are  combusted  in  air,  they  react  with  Q2  to  form  C02 

and  H2CX*  The  number  of  molecules  of  Q2  required  in  the  reaction  and  the 
number  of  molecules  of  CG2  and  H2Q  formed  depend  on  the  composition  of 

the  hydrocarbon,  which  acts  as  the  fuel  in  the  reaction.  For  example,  the  com- 
bustion of  propane  (C^H,S),  a  gas  used  for  cooking  and  home  heating,  is  de- 

scribed by  the  following  equation: 

C3H8(g)  +  5  Q2(g) 3C02(y)  +  4  H20(x; [3.9] 

The  state  of  the  water,  H20(v;)  or  H2Q(/),  depends  on  the  conditions  of  the  reac- 
tion. Water  vapor,  H20(e),  is  formed  at  high  temperature  in  an  open  container. 

The  blue  flame  produced  when  propane  burns  is  shown  in  Figure  3.7  ►. 

Combustion  of  oxygen-containing  derivatives  of  hydrocarbons,  such  as 
CH3OH,  also  produces  C02  and  H20.  The  simple  rule  that  hydrocarbons  and 

related  oxygen-containing  derivatives  of  hydrocarbons  form  CG2  and  F120 
when  they  burn  in  air  summarizes  the  behavior  of  about  3  million  compounds. 

Many  substances  that  our  bodies  use  as  energy  sources,  such  as  the  sugar  glu- 
cose (ChH!2Oh),  similarly  react  in  our  bodies  with  02  to  form  CQ2  and  H20. 

▲  Figure  3.7   Propane  burning  in  air. 
The  liquid  propane,  CSH8,  vaporizes  and  mixes 
with  air  as  it  escapes  through  the  nozzle.  The 
combustion  reaction  of  C5H8  and  02  produces 
a  blue  flame. 

*  When  there  is  an  insufficient  quantity  of  02  present,  carbon  monoxide  (CO)  will  be  produced  along 
with  the  C02;  this  is  called  incomplete  combustion.  If  the  amount  ot  Oi  is  severely  restricted,  line  par- 

ticles of  carbon  that  we  call  soot  will  be  produced.  Complete  combustion  produces  onl\  CO:  and  H2Q. 
Unless  specifically  stated  to  the  contrary,  we  will  always  take  combustion  to  mean  complete  combustion 
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In  our  bodies,  however,  the  reactions  take  place  in  a  series  of  steps  that  occur  at 
body  temperature.  The  reactions  are  then  described  as  oxidation  reactions  rather 
than  combustion  reactions. 

■■  SAMPLE  EXERCISE  3.4  |  Writing  Balanced  Equations  for  Combustion 
Reactions 

Write  the  balanced  equation  for  the  reaction  that  occurs  when  methanol,  ChhOI !(/), 
is  burned  in  air. 

Solution  When  any  compound  containing  C,  H,  and  O  is  combusted,  it  reacts  with 
the  02(g)  in  air  to  produce  C02{$)  and  H20(x).  Thus,  the  unbalanced  equation  is 

CH3OH(/)  +  02(g)   *  C02(g)  +  H20(g) 

The  C  atoms  are  balanced  with  one  on  each  side  of  the  arrow.  Because  CH^OH  has 
four  H  atoms,  we  place  a  coefficient  2  in  front  of  H20  to  balance  the  H  atoms: 

CH-,OH(/)  +  02(g)   ►  C02(x)  +  2H20(g) 

This  balances  H  but  gives  four  O  atoms  in  the  products.  Because  there  are  only  three 
O  atoms  in  the  reactants  (one  in  CH^OH  and  two  in  02),  we  are  not  finished  yet.  We 
can  place  the  fractional  coefficient  in  front  of  02  to  give  a  total  of  four  O  atoms  in  the 
reactants  (there  are  ̂   x  2  =  30  atoms  in  iOi): 

ChhOH(/)  +  \02(g)   ►  C02(g)  +  2H20(g) 

Although  the  equation  is  now  balanced,  it  is  not  in  its  most  conventional  form  be- 
cause it  contains  a  fractional  coefficient.  If  we  multiply  each  side  of  the  equation  by  2, 

we  will  remove  the  fraction  and  achieve  the  following  balanced  equation: 

2CH3OH(/)  +  3  02(x)   *  2C02(g)  +  4  H2Otx) 

mt  PRACTICE  EXERCISE 

Write  the  balanced  equation  for  the  reaction  that  occurs  when  ethanol,  C2H^OH(/),  is 
burned  in  air. 

Answer:  C2H?OH(/)  +  3  02(g)   '  2  C02(x)  +  3  H20(x) 

3.5  j  Formula  Weights  

Chemical  formulas  and  chemical  equations  both  have  a  quantitative  signifi- 
cance; the  subscripts  in  formulas  and  the  coefficients  in  equations  represent 

precise  quantities.  The  formula  H20  indicates  that  a  molecule  of  this  substance 
contains  exactly  two  atoms  of  hydrogen  and  one  atom  of  oxygen.  Similarly,  the 
coefficients  in  a  balanced  chemical  equation  indicate  the  relative  quantities  of 

reactants  and  products.  But  how  do  we  relate  the  numbers  of  atoms  or  mole- 
cules to  the  amounts  we  measure  out  in  the  laboratory?  Although  we  cannot  di- 
rectly count  atoms  or  molecules,  we  can  indirectly  determine  their  numbers  if 

we  know  their  masses.  Therefore,  before  we  can  pursue  the  quantitative  aspects 
of  chemical  formulas  or  equations,  we  must  examine  the  masses  of  atoms  and 
molecules,  which  we  do  in  this  section  and  the  next. 

Formula  and  Molecular  Weights 

The  formula  weight  of  a  substance  is  the  sum  of  the  atomic  weights  of  each 
atom  in  its  chemical  formula.  Using  atomic  masses  from  a  periodic  table,  we 

find,  for  example,  that  the  formula  weight  of  sulfuric  acid  (H2SO4)  is  98.1  amu:* 

'  I  he  abbreviation  AW  is  used  for  atomic  weight,  FW  for  formula  weight,  and  MW  for  molecular 
weight. 
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FWofH2S04  =  2(AWof  H)  +  (AWofS)  +  4(AWofO) 

=  2(1.0  amu)  -  32.1  amu  I  4(16.0  amu) 

-  98. 1  amu 

For  convenience,  we  have  rounded  off  all  the  atomic  weights  to  one  place  be- 
yond the  decimal  point.  We  will  round  off  the  atomic  weights  in  this  way  for 

most  problems. 
If  the  chemical  formula  is  merely  the  chemical  symbol  of  an  element,  such 

as  Na,  then  the  formula  weight  equals  the  atomic  weight  of  the  element.  If  the 
chemical  formula  is  that  of  a  molecule,  then  the  formula  weight  is  also  called 

the  molecular  weight.  I  he  molecular  weight  of  glucose  (C(1H|20h),  for  exam- 
ple, is 

MWofC6H1206  =  6(12.0  amu)  *  12(1.0  amu)  f  6(16.0  amu)  -  180.0 amu 

Because  ionic  substances,  such  as  \aCI,  exist  as  three-dimensional  arrays 
of  ions  (Figure  2.23),  it  is  inappropriate  to  speak  of  molecules  of  NaCl.  Instead, 

we  speak  of  formula  units,  represented  by  the  chemical  formula  of  the  sub- 

stance. The  formula  unit  of  NaCl  consists  of  one  Na  '  ion  and  one  CI  ion.  Thus, 
the  formula  weight  of  NaCl  is  the  mass  of  one  formula  unit: 

FW  of  NaCl  =  23.0  amu  +  35.5  amu  =  5S.5  amu 

Wm  SAMPLE  EXERCISE  3.5  |  Calculating  Formula  Weights 

Calculate  the  formula  weight  of  (a)  sucrose,  C12H22O1]  (table  sugar),  and  (b)  calcium  nitrate,  Ca(NO,) 

Solution  (a)  By  adding  the  atomic 
weights  of  the  atoms  in  sucrose,  we 
find  it  to  have  a  formula  weight  of 
342.0  amu: 

L2Catoms=  12(12.0amu)=  44.0amu 
22  H  atoms  -  22(1.  Damn)  =  22.0  amu 

11  O  atoms  =  11(16.0  amu)  =  176.0  amu 
342.0  amu 

(b)  If  a  chemical  formula  has 
parentheses,  the  subscript  outside 
the  parentheses  is  a  multiplier  for  all 
atoms  inside.  Thus,  for  CafNO-O;, 
we  have 

1  Ca  atom  =  1(40.1  amu) 

2  N  atoms  =  2(14.0  amu) 

6  O  atoms  =  6(16.0  amu) 

40.1  amu 

28.0  amu 
96.0  amu 

164.1  amu 

WM  PRACTICE  EXERCISE 

Calculate  the  formula  weight  of  (a)  Al(OH)3  and  (b)  Cf  I  ,OI  I. 
Answers:  (a)  78.0  amu,  (b)  32.0  amu 

Percentage  Composition  from  Formulas 

Occasionally  we  must  calculate  the  percentage  composition  of  a  compound  (that 
is,  the  percentage  by  mass  contributed  by  each  element  in  the  substance).  For 

example,  in  order  to  verify  the  purity  of  a  compound,  we  may  wish  to  compare        ^  activity 

the  calculated  percentage  composition  of  the  substance  with  that  found  experi-        il  Molecular  Weight  and  Weight  Percent 
mentally.  Calculating  percentage  composition  is  a  straightforward  matter  if  the 
chemical  formula  is  known.  The  calculation  depends  on  the  formula  weight  of 
the  substance,  the  atomic  weight  of  the  element  of  interest,  and  the  number  of 
atoms  of  that  element  in  the  chemical  formula: 

(number  of  atoms  of  that  element)(atomic  weight  of  element) 
%  element  =  -  -  X  100%  |3.1()| formula  weight  of  compound 
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tM  SAMPLE  EXERCISE  3.6  |  Calculating  Percentage  Composition 

Calculate  the  percentage  of  carbon,  hydrogen,  and  oxygen  (by  mass)  in  C^r^O]]. 

Solution  Let's  examine  this  question  using  the  problem-solving  steps  in  the  "Strate- 
gies in  Chemistry:  Problem  Solving"  essay. 

Analyze:  We  are  given  a  chemical  formula,  C^E^On,  and  asked  to  calculate  the 
percentage  by  mass  of  its  component  elements  (C,  H,  and  O). 
Plan:  We  can  use  Equation  3.10,  reiving  on. a  periodic  table  to  obtain  the  atomic 
weight  of  each  component  element.  The  atomic  weights  are  first  used  to  determine 
the  formula  weight  oi  the  compound.  (The  formula  weight  of  C^H^On,  342.0  amu, 
was  calculated  in  Sample  Exercise  3.5.)  We  must  then  do  three  calculations,  one  for 
each  element. 

Solve:  Using  Equation  3.10,  we  have 

(12)(12.0amu) %C  =   L  x  100%  =  42.1% 
342.0  amu 

(22)(1.0amu) 
%H  =  —  x  100%  =  6.4°/,, 342.0  amu 

(11)(16.0  amu) 
%0  =  x  100%  =  51.5% 

342.0  amu 

Check:  The  percentages  of  the  individual  elements  must  add  up  to  100%,  which  they 
do  in  this  case.  We  could  have  used  more  significant  figures  for  our  atomic  weights,  giv  - 

ing more  significant  figures  for  our  percentage  composition,  but  we  have  adhered  to  our 
suggested  guideline  of  rounding  atomic  weights  to  one  digit  bevond  the  decimal  point. 

■I  PRACTICE  EXERCISE 

Calculate  the  percentage  of  nitrogen,  by  mass,  in  Ca(NO^)2- 

Answer:  17.1",, 

3.4  |  Avogadro's  Number  and  the  Mole  

Even  the  smallest  samples  that  we  deal  with  in  the  laboratory  contain  enor- 
mous numbers  of  atoms,  ions,  or  molecules.  For  example,  a  teaspoon  of  water 

(about  5  mL)  contains  2  X  10  water  molecules,  a  number  so  large  that  it  al- 
most defies  comprehension.  Chemists,  therefore,  have  devised  a  special  count- 

ing unit  for  describing  such  large  numbers  of  atoms  or  molecules. 

STRATEGIES  IN  CHEMISTRY  |  Problem  Solving 

The  key  to  success  in  problem  solving  is  practice.  As  you 
practice,  you  will  find  that  you  can  improve  your  skills  by 

following  these  steps: 

Step  1:  Analyze  the  problem.  Read  the  problem  carefully 
for  understanding.  What  does  it  say?  Draw  any  picture  or 
diagram  that  will  help  you  visualize  the  problem.  Write 
down  both  the  data  you  are  given  and  the  quantity  that 
you  nee    to  obtain  (the  unknown). 

Step  2:  /  lop  a  plan  for  solving  the  problem.  Consider 
the  possible  paths  between  the  given  information  and  the 
unknown.  A  hat  principles  or  equations  relate  the  known 
data  to  the  unknown?  Recognize  that  some  data  may  not 
be  given  explicitly  in  the  problem;  you  may  be  expected 

to  know  certain  quantities  (such  as  Avogadro's  number, 

which  we  will  soon  discuss)  or  look  them  up  in  tables 
(such  as  atomic  weights).  Recognize  also  that  your  plan 
may  involve  either  a  single  step  or  a  series  of  steps  with 
intermediate  answers. 

Step  3:  Solve  the  problem.  Use  the  known  information  and 

suitable  equations  or  relationships  to  solve  for  the  un- 
known. Dimensional  analysis  (Section  1 .6)  is  a  very  useful 

tool  for  solving  a  great  number  of  problems.  Be  careful 
with  significant  figures,  signs,  and  units. 

Step  4:  Cheek  the  solution.  Read  the  problem  again  to 
make  sure  you  have  found  all  the  solutions  asked  for  in 
the  problem.  Does  your  answer  make  sense?  That  is,  is 

the  answer  outrageously  large  or  small,  or  is  it  in  the  ball- 
park? Finally,  are  the  units  and  significant  figures  correct? 
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In  everyday  life  we  use  counting  units  like  do/en  ( 12  objects)  and  gross  ( 144 
objects)  to  deal  with  modestly  large  quantities.  In  chemistry  the  unit  for  dealing 

with  the  number  of  atoms,  ions,  or  molecules  in  a  common-sized  sample  is  the 
mole,  abbreviated  mol.*  A  mole  is  the  amount  of  matter  that  contains  as  mam 

objects  (atoms,  molecules,  or  whatever  objects  we  are  considering)  as  the  num- 

ber of  atoms  in  exactly  12  g  of  isotopically  pure  l-C.  From  experiments,  scien- 
tists have  determined  this  number  to  be  6.0221421  X  1023.  Scientists  call  this 

number  Avogadro's  number,  in  honor  of  Amedeo  Avogadro  (1776-1856), 
an  Italian  scientist.  For  most  purposes  we  will  use  6.02  *  10  or  6.022  ■  10  for 

Avogadro's  number  throughout  the  text. 
A  mole  of  atoms,  a  mole  of  molecules,  or  a  mole  of  anything  else  all  contain 

Avogadro's  number  of  these  objects: 

1  mol  l2C  atoms  --  6.02  x  1023  12C  atoms 

I  mol  H20  molecules     6.02  -  1023  H2O  molecules 

1  molN03   ions  -  6.02  X  1023  NO3  ions 

Avogadro's  number  is  so  large  that  it  is  difficult  to  imagine.  Spreading 
6.02  X  1023  marbles  over  the  entire  surface  of  Earth  would  produce  a  layer 

about  3  mi  thick.  If  Avogadro's  number  of  pennies  were  placed  side  by  side  in  a 
straight  line,  they  would  encircle  Earth  300  trillion  (3  X  1014)  times. 

■  SAMPLE  EXERCISE  3.7  |  Estimating  Numbers  of  Atoms 

Without  using  a  calculator,  arrange  the  following  samples  in  order  of  increasing  num- 
bers of  carbon  atoms:  12  g  l2C,  1  itioICtHt,^  x  10    molecules  of  CO2. 

Solution 

Analyze:  We  are  given  amounts  of  different  substances  expressed  in  grams,  moles, 
and  number  of  molecules  and  asked  to  arrange  the  samples  in  order  of  increasing 
numbers  of  C  atoms. 

Plan:  To  determine  the  number  of  C  atoms  in  each  sample,  we  must  convert  g  l2C, 
mol  C2H2,  and  molecules  COt  all  to  numbers  of  C  atoms.  To  do  this  converting,  we 

use  the  definition  of  mole  and  Avogadro's  number. Solve:  A  mole  is  defined  as  the  amount  of  matter  that  contains  as  many  units  of  the 
matter  as  there  are  C  atoms  in  exactly  12  g  of  C.  Thus,  12  g  of  C  contains  1  mol  of  C 

atoms  (that  is,  6.02  X  1023  C  atoms).  In  1  mol  C2H2,  there  are  6  -  1()2,  C2H 2  molecules. 
Because  there  are  two  C  atoms  in  each  C2H2  molecule,  this  sample  contains  12  X  H)23  C 
atoms.  Because  each  CO->  molecule  contains  one  C  atom,  the  sample  of  COt  contains 
9  X  1023  C  atoms.  Hence,  the  order  is  12  g  12C  (A  X  1023  C  atoms)  <  9  •  1023  CO, 
molecules  (9  x  1023C  atoms)  <  1  molC2H2(12  X  1021  C  atoms). 
Check:  We  can  check  our  results  by  comparing  the  number  of  moles  of  C  atoms  in 
each  sample  because  the  number  of  moles  is  proportional  to  the  number  of  atoms. 

Thus,  12  g  of  l2C  is  1  mol  C;  1  mol  of  C2H2  contains  2  mol  C,  and  9  •  1()2 '  molecules 
of  COo  contain  1.5  mol  C,  giving  the  same  order  as  above:  12gl2C 
(1  mol  C)  <  9  x  1023  C02  molecules  (1.5  mol  C)  <  1  mol  C2H2  (2  mol  C). 

■I  PRACTICE  EXERCISE 

Without  using  a  calculator,  arrange  the  following  samples  in  order  of  increasing  number 
of  O  atoms:  1  mol  EhO,  1  mol  CO,,  3  X  1023  molecules  O3. 
Answer:  1  mol  H20(6  x  1023O  atoms)  <  3  x  10r>  molecules  O3  (9  X  1023  O 
atoms)  <  1  mo!C02(12  ■  1023  O  atoms) 

*  The  term  mole  comes  from  the  Latin  word  moles,  meaning  "a  mass."  1  he  term  molecule  is  the 
diminutive  form  of  this  word  and  means  "a  small  mass." 
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■1  SAMPLE  EXERCISE  3.8  |  Converting  Moles  to  Number  of  Atoms 
Calculate  the  number  of  H  atoms  in  0.350  mol  of  ChH]2CV 

Solution 

Analyze:  We  are  given  both  the  amount  of  a  substance  (0.350  mol)  and  its  chemical 
formula  (Q,Hi206).  The  unknown  is  the  number  of  1 1  atoms  in  the  sample. 

Plan:  Avogadro's  number  provides  the  conversion  factor  between  the  number  of 
moles  of  ChH|20,,  and  the  number  of  molecules  of  ChH|206.  Once  we  know  the 

number  of  molecules  of  ChHi2Oh,  we  can  use'the  chemical  formula,  which  tells  us that  each  molecule  of  C(1Hi2Oh  contains  12  II  atoms.  Thus,  we  convert  moles  of 
C„H|2p(1  to  molecules  of  ChH|2Oh  and  then  determine  the  number  of  atoms  of  H 
from  the  number  of  molecules  of  ChH  |20,,: 

Moles  C„H  11CV,   »  molecules  C(lH  1 20(l   ►  atoms  H 

Solve: 

H  atoms  = 
/  6.02  x  1023  molecules  ChHl2Oh  V        12  H  atoms  \ 

(0.330  rnolQtf-i^o-jl  - 

1  molecule  ChHjiOf,  / 

=  2.53  x  1024  H  atoms 

Check:  The  magnitude  of  our  answer  is  reasonable:  It  is  a  large  number  about  the 

magnitude  of  Avogadro's  number.  We  can  also  make  the  following  ballpark  calcula- 
tion: Multiplying  0.35  x  6  x  1023  gives  about  2  x  1023  molecules.  Multiplving  this 

result  by  12  gives  24  x  10  =  2.4  x  1024  H  atoms,  which  agrees  with  the  previous, 
more  detailed  calculation.  Because  we  were  asked  for  the  number  of  H  atoms,  the 
units  of  our  answer  are  correct.  The  given  data  had  three  significant  figures,  so  our 
answer  has  three  significant  figures. 

Wm  PRACTICE  EXERCISE 

How  many  oxygen  atoms  are  in  (a)  0.25  mol  Ca(NO^)2  and  (b)  1.50  mol  of  sodium 
carbonate? 

Anszvers:  (a)  9.0  x  1023,  (b)  2.71  X  1024 

Molar  Mass 

A  dozen  is  the  same  number  (12)  whether  we  have  a  dozen  eggs  or  a  dozen  ele- 
phants. Clearly,  however,  a  dozen  eggs  does  not  have  the  same  mass  as  a  dozen 

elephants.  Similarly,  a  mole  is  always  the  same  number  (6.02  X  1023),  but  1-mole 
samples  of  different  substances  will  have  different  masses.  Compare,  for  exam- 

ple, 1  mol  of  l2C  and  1  mol  of  24Mg.  A  single  l2C  atom  has  a  mass  of  12  amu, 
whereas  a  single  24Mg  atom  is  twice  as  massive,  24  amu  (to  two  significant  fig- 

ures). Because  a  mole  always  has  the  same  number  of  particles,  a  mole  of  24Mg 
must  be  twice  as  massive  as  a  mole  of  12C.  Because  a  mole  of  12C  has  a  mass  of 

12  g  (by  definition),  then  a  mole  of  24Mg  must  have  a  mass  of  24  g.  This  exam- 
ple illustrates  a  general  rule  relating  the  mass  of  an  atom  to  the  mass  of 

Avogadro's  number  (1  mol)  of  these  atoms:  The  mass  of  a  single  atom  of  an  element 
(in  amu)  is  numerically  equal  to  the  mass  (in  grams)  of  1  mol  of  that  element.  This 
statement  is  true  regardless  of  the  element: 

1  atom  of  12C  has  a  mass  of  12  amu  =>  1  mol  12C  has  a  mass  of  12  g 

1  atom  of  CI  has  an  atomic  weight  of  35.5  amu  =>  1  mol  CI  has  a  mass  of  35.5  g 

1  atom  of  Au  has  an  atomic  weight  of  lc>7  amu  =>  1  mol  Au  has  a  mass  of  197  g 

Notice  that  when  we  are  dealing  with  a  particular  isotope  of  an  element,  we  use 
the  mass  of  that  isotope;  otherwise  we  use  the  atomic  weight  (the  average 
atomic  mass)  ot  the  element. 
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Laboratory-size sample 

Single  molecule 

1  molecule  i  I20 
(18.0  amu) 

Avogadro's number  of 
molecules 

(0.02  ■ mol  HzO (18.0  g) 

▲  Figure  3.8   Comparing  the  mass  of  1  molecule  H20  and  1  mol  H20.  Notice  that  the  masses  are 
numerically  equal  but  have  different  units  (18.0  amu  compared  to  18.0  g)  representing  the  huge  difference  in  mass. 

For  other  kinds  of  substances,  the  same  numerical  relationship  exists  between 
the  formula  weight  (in  amu)  and  the  mass  (in  grams)  of  one  mole  of  that  substance: 

1  FUO  molecule  has  a  mass  of  18.0  amu 

1  NO-;  ion  has  a  mass  of  62.0  amu 

1  NaCl  unit  has  a  mass  of  58.5  amu 

I  mol  FUO  has  a  mass  of  18.0  g 

1  mol  NO-,   has  a  mass  of  62.0  g 

1  mol  NaCl  has  a  mass  of  58.5  g 

Figure  3.8  ▲  illustrates  the  relationship  between  the  mass  of  a  single  molecule 
of  FUO  and  that  of  a  mole  of  1 120. 

The  mass  in  grams  of  one  mole  of  a  substance  (that  is,  the  mass  in  grams 

per  mol)  is  called  the  molar  mass  of  the  substance.  The  molar  ///i/ss  (in  g  mol) 
of  any  substance  is  always  numerically  equal  to  its  formula  weight  (in  amu). 
The  substance  NaCl,  for  example,  has  formula  weight  of  58.5  amu  and  a 
molar  mass  of  58.5  g/mol.  Further  examples  of  mole  relationships  are  shown 

in  Table  3.2  ▼.  Figure  3. L>  ►  show  s  1-mole  quantities  of  several  common 
substances. 

The  entries  in  Table  3.2  for  N  and  Nt  point  out  the  importance  of  stating  the 

chemical  form  of  a  substance  exactly  when  we  use  the  mole  concept.  Suppose 
you  read  that  1  mol  of  nitrogen  is  produced  in  a  particular  reaction.  You  might 

interpret  this  statement  to  mean  1  mol  of  nitrogen  atoms  (14.0  g).  Unless  other- 
wise stated,  however,  what  is  probably  meant  is  I  mol  of  nitrogen  molecules, 

N2  (28.0  g),  because  N2  is  the  usual  chemical  form  of  the  element.  To  avoid  am- 
biguity, it  is  important  to  state  explicitly  the  chemical  form  being  discussed. 

Using  the  chemical  formula  Ni  avoids  ambiguity. 

A  Figure  3.9   One  mole  each  of  a  solid, 
a  liquid,  and  a  gas.  One  mole  of  NaCl,  the  solid, 
has  a  mass  of  58.45  g.  One  mole  of  H20,  the 
liquid,  has  a  mass  of  18.0  g  and  occupies  a 
volume  of  18.0  ml.  One  mole  of  02,  the  gas,  has 
a  mass  of  32.0  g  and  occupies  a  balloon  whose 
diameter  is  35  cm. 

TABLE  3.2    Mole  Relationships 

Name  of  substance Formula 
Formula 

Weight  (amu) 

Molar  Mass 

(g/mol) 

Number  and  Kind  of 
Particles  in  One  Mole 

Atomic  nitrogen N 14.0 
14.1) 

0.022  x  ] 
O23  N  atoms 

Molecular  nitrogen 

N2 

28.0 

2s  (i |     0.022  ■ 

0   N2  molecules 

1  2(6.022  ■ 

()- ')  N  atoms 

Silver 

Ag 

107.9 107.9 

0.022  ■ 

0- '  Ag  atoms 

Silver  ions 

Ag 

107.9'1 

107.9 

0.022  • 

02,Ag  ions 

0.022  ■ 

021BaCI2  units 

Barium  chloride 
BaCl2 

208.2 208.2 

h.022  ■ 

0~ 1  FJa~  ions 

|  2(0.022  • 
0   )CI  ions Recall  that  the  electron  has  negligible  mass;  thus,  ions  and  atoms  have  essential!)  the  same  mass 
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■i  SAMPLE  EXERCISE  3.9  ]  Calculating  Molar  Mass 

What  is  the  mass  in  grains  of  1.000  mol  of  glucose,  Cf,H]20(,? 

Solution 

Analyze:  We  are  given  a  chemical  formula  and  asked  to  determine  its  molar  mass. 
Plan:  The  molar  mass  of  a  substance  is  found  by  adding  the  atomic  weights  of  its 
component  atoms. 
Solve:    6  C  atoms  =    6(12.0  amu)  =    72.0  amu 

12  H  atoms  =  I2(  1.0  amu)  =    12.0  amu 

6  O  atoms  =    6(16.0  amu)  =    96.0  amu 
180.0  amu 

Because  glucose  has  a  formula  weight  of  180.0  amu,  one  mole  of  this  substance  has  a 
mass  of  180.0  g.  In  other  words,  ChH120(,  has  a  molar  mass  of  180.0  g/mol. 
Check:  The  magnitude  of  our  answer  seems  reasonable,  and  g/mol  is  the  appropri- 

ate unit  for  the  molar  mass. 

Comment:  Glucose  is  sometimes  called  dextrose.  Also  known  as  blood  sugar,  glu- 
cose is  found  widely  in  nature,  occurring,  for  example,  in  honey  and  fruits.  Other 

types  of  sugars  used  as  food  are  converted  into  glucose  in  the  stomach  or  liver  before 
they  are  used  by  the  body  as  energy  sources.  Because  glucose  requires  no  conversion, 
it  is  often  given  intravenously  to  patients  who  need  immediate  nourishment. 

■1  PRACTICE  EXERCISE 

Calculate  the  molar  mass  of  CafNO-,):- 
Answer:  164.1  g/mol 

Interconverting  Masses  and  Moles 

Conversions  of  mass  to  moles  and  of  moles  to  mass  are  frequently  encountered 
in  calculations  using  the  mole  concept.  These  calculations  are  made  easy 
through  dimensional  analysis,  as  shown  in  Sample  Exercises  3.10  and  3.11. 

MM  SAMPLE  EXERCISE  3.10  |  Converting  Grams  to  Moles 

Calculate  the  number  of  moles  of  glucose  (C(1H  j2GY)  in  5.380  g  of  Q,H  ̂ CV 

Solution 
Analyze:  We  are  given  the  number  of  grams  of  a  substance  and  its  chemical  formula 
and  asked  to  calculate  the  number  of  moles. 
Plan:  The  molar  mass  of  a  substance  provides  the  factor  for  converting  grams  to 
moles.  The  molar  mass  of  ChH]2Of,  is  180.0  g/mol  (Sample  Exercise  3.9). 

Solve:  Using  1  molChH|2Oh  =  180.0  g  C6Hi2Oh  to  write  the  appropriate  conversion 
factor,  we  have 

/  1  mol  CHpO,  \ 

Moles  ChHI2Oh  =  (5.380  ̂ ^H^)  1cnn    r  .T^,    =  0.02989  mol  QHl206 \  180.0  ̂ -GrHttO^ 

Check:  Because  5.380  g  is  less  than  the  molar  mass,  it  is  reasonable  that  our  answer  is 
less  than  one  mole.  The  units  of  our  answer  (mol)  are  appropriate.  The  original  data 
had  four  significant  figures,  so  our  answer  has  four  significant  figures. 

■H  PRACTICE  EXERCISE 

How  many  moles  of  sodium  bicarbonate  (NaHCO-0  are  there  in  508  g  of  NaHCO^? 
Answer:  6.05  mol  NaHC03 

■H  SAMPLE  EXERCISE  3.1 1  |  Converting  Moles  to  Grams 

Calculate  the  mass,  in  grams,  of  0.433  mol  of  calcium  nitrate. 

Solution 
Analyze:  We  are  given  the  number  of  moles  and  name  of  a  substance  and  asked  to 
calculate  the  number  of  grams  in  the  sample. 
Plan:  In  order  to  convert  moles  to  grams,  we  need  the  molar  mass,  which  we  can  cal- 

culate using  the  chemical  formula  and  atomic  weights. 



3.4         Avogadro's  Number  and  the  Mole 

Solve:  Because  the  calcium  ion  is  Ca2  and  the  nitrate  ion  is  NO-,  ,  calcium  nitrate  is 
Ca(NO-j)2.  Adding  the  atomic  weights  of  the  elements  in  the  compound  gives  a  for- 

mula weight  of  164. 1  amu.  Using  I  mol  Ca(NO,)2  =  164.1  g  Ca(NO-,):  to  write  the  ap- 
propriate conversion  factor,  we  have 

Grams  Ca(NCh)2 0.433  mol  C  a(NO;)i 
164.1  gCa(N03)2 

1  B-u4GafN©tF 
71.1  eCa(N03 

Check:  The  number  ol  moles  is  less  than  1,  so  the  numher  of  grams  must  be  less  than  the 
molar  mass,  164.1  g.  Using  rounded  numbers  to  estimate,  we  have  0.5  >  150  =  75  g. 
Thus,  the  magnitude  of  our  answer  is  reasonable.  Both  the  units  (g)  and  the  numher  ol 
significant  figures  (3)  are  correct. 

H  PRACTICE  EXERCISE 

What  is  the  mass,  in  grams,  of  (a)  6  33  mol  ol  Nal  IC03  and  (b)  3.0 
sulfuric  acid? 

Answers:  (a)  532  g,  (b)  2.9  -  10  ''  g 

10  "  mol  of 

Interconverting  Masses  and  Numbers  of  Particles 

The  mole  concept  provides  the  bridge  between  masses  and  numbers  of  parti- 
cles. To  illustrate  how  we  can  intercom  ert  masses  and  numbers  of  particles, 

let's  calculate  the  number  of  copper  atoms  in  an  old  copper  penny.  Such  a 

penny  weighs  about  3  g,  and  we'll  assume  that  it  is  100%  copper: 

Cu  atoms  =  (3  g-C~Tf) 
1  mol  Cu  \(  Q.02  x  102^Cu  atoms  \ 

63.5  #-ecr  / 
mol  Cu 

3  x  1022  Cu  atoms 

Notice  how  dimensional  analysis  (Section  l.o)  provides  a  straightforward 

route  from  grams  to  numbers  ol  atoms.  The  molar  mass  and  Avogadro's  num- 
ber are  used  as  conv  ersion  factors  to  convert  grams  <•  moles  ►  atoms. 

Notice  also  that  our  answer  is  a  very  large  number.  Any  time  you  calculate 
the  number  of  atoms,  molecules,  or  ions  in  an  ordinary  sample  of  matter,  you 

can  expect  the  answer  to  be  very  large.  In  contrast,  tin1  number  of  moles  in  a 
sample  will  usually  be  much  smaller,  often  less  than  1.  The  general  procedure 
for  interconverting  mass  and  number  of  formula  units  (atoms,  molecules, 
ions,  or  whatever  is  represented  bv  the  chemical  formula)  ol  a  substance  is 
summarized  in  Figure  3.10  ▼. 

Grams 
Use 

molar 

mass 
Moles 

Use 

Avogadro's 
n  u  niber 

Formula  units 

■1  SAMPLE  EXERCISE  3.12  |  Calculating  the  Number  of  Molecules  and  Number 
of  Atoms  from  Mass 

(a)  How  many  glucose  molecules  are  in  5.23  g  of  C„H|2C\,?  (b)  How  many  owgen 
atoms  are  in  this  sample? 

Solution 

Analyze:  We  are  given  the  number  of  grams  and  chemical  formula  and  asked  to  <  al- 
culate  (a)  the  number  of  molecules  and  (b)  the  number  of  O  atoms  in  the  sample, 
(a)  Plan:  The  strategy  for  determining  the  number  of  molecules  in  a  given  quantity 
of  a  substance  is  summarized  in  Figure  3.10.  We  must  convert  5.23  g  C6H12Oh  to 
moles  C^H^O,.,,  which  can  then  be  converted  to  molecules  CJ  I^O,,.  The  first  con- 

version uses  the  molar  mass  of  C(1H  l20(, :  1  mol  C„l  I  \  2Oh  =  180.0  g  ChH  12CV.  The  sec- 
ond conversion  uses  Avogadro's  number 

▲  Figure  3.10   Procedure  for 
interconverting  the  mass  and  the  number 
of  formula  units  of  a  substance.  The  number 
of  moles  of  the  substance  is  central  to  the 
calculation;  thus,  the  mole  concept  can  be 
thought  of  as  the  bridge  between  the  mass 
of  a  substance  in  grams  and  the  number 
of  formula  units. 
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Solve:  Molecules  Ql  I ,  >(  )6 

I  molChH12Oh  \/ 6.022  x  10- 4  molecules  QH^O, (5.23^H,,0(. 
180.0  ̂ sHnOi  J  \  1  mol  GgHizOi 

=  1.75  x  1022  molecules  C6H1206 

Check:  The  magnitude  of  the  answer  is  reasonable.  Because  the  mass  we  began  with 
is  less  than  a  mole,  there  should  be  less  than  6.02  x  1023  molecules.  We  can  make  a 
ballpark  estimate  of  the  answer:  5/200  =  2.5  x  10  2  mol;  2.5  x  10  2  X  6  X  1023  = 
15  x  10"1  =  1.5  x  H)22  molecules.  The  units  (molecules)  and  significant  figures 
(three)-are  appropriate. 
(b)  Plan:  To  determine  the  number  of  O  atoms,  we  use  the  fact  that  there  are  six  O  atoms 
in  each  molecule  of  C^H^CV  Thus,  multiplying  the  number  of  molecules  C^H^Of,  by 
the  factor  (6  atoms  O/ 1  molecule  C(1H        gives  the  number  of  O  atoms. 
Solve: 

Atoms  O  =  (1.75  x  1022  moleetries-e-hH  1206) 1  moleetrieC^rTiWOf, 

.05  x  10^  atoms  O 

Check:  The  answer  is  simply  6  times  as  large  as  the  answer  to  part  (a).  The  number 
of  significant  figures  (three)  and  the  units  (atoms  O)  are  correct. 

M  PRACTICE  EXERCISE 

(a)  How  many  nitric  acid  molecules  are  in  4.20  g  of  HNO^?  (b)  How  many  O  atoms 
are  in  this  sample? 

Answers:  (a)  4.01  X  1022  molecules  HNO,,  (b)  1.20  x  1023  atoms  O 

3.5  1  Empirical  Formulas  from  Analyses  

3-D  models  As  we  learned  in  Section  2.6,  the  empirical  formula  for  a  substance  tells  us  the 
Water,  Hydrogen  Peroxide  relative  number  of  atoms  of  each  element  it  contains.  Thus,  the  empirical  for- 

mula H2O  indicates  that  water  contains  two  H  atoms  for  each  O  atom.  This 

ratio  also  applies  on  the  molar  level:  1  mol  of  H20  contains  2  mol  of  H  atoms 

and  1  mol  of  O  atoms.  Conversely,  the  ratio  of  the  number  of  moles  of  each  ele- 

ment in  a  compound  gives  the  subscripts  in  a  compound's  empirical  formula. 
Thus,  the  mole  concept  provides  a  way  of  calculating  the  empirical  formulas  of 
chemical  substances,  as  shown  in  the  following  examples. 

Mercury  and  chlorine  combine  to  form  a  compound  that  is  73.9%  mercury 

and  26.1%  chlorine  bv  mass.  This  means  that  if  we  had  a  100. 0-g  sample  of  the 
solid,  it  would  contain  73.9  g  of  mercury  (Hg)  and  26.1  g  of  chlorine  (CI).  (Any 
size  sample  can  be  used  in  problems  of  this  type,  but  we  will  generally  use 
100.0  g  to  simplify  the  calculation  of  mass  from  percentage.)  Using  the  atomic 
weights  of  the  elements  to  give  us  molar  masses,  we  can  calculate  the  number 
of  moles  of  each  element  in  the  sample: 

/  1  mol  Hg  \ 

,2b,H^i)^1735mo,cl 

We  then  divide  the  larger  number  of  moles  (0.735)  by  the  smaller  (0.368)  to  ob- 
tain a  CI :  Hg  mole  ratio  of  1 .99  : 1: 

moles  of  CI       0.735  mol  CI      1 .99  mol  CI 

moles  of  Hg      0.368  mol  Hg       1  mol  Hg 
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Given: Find: 

Mass  % 
elements 

Assume 100  g 

sample 

Grams  of 
each  element 

Use 
molar 

mass 

Moles  of 
each  element 

Because  of  experimental  errors,  the  results  may  not  lead  to  exact  integers  for 
the  ratios  of  moles.  The  number  I  .W  is  very  close  to  2,  so  we  can  confidently 

conclude  that  the  empirical  formula  for  the  compound  is  HgCb.  This  is  the 
empirical  formula  because  its  subscripts  are  the  smallest  integers  that 
express  the  ratios  of  atoms  present  in  the  compound  The 
general  procedure  tor  determining  empirical  formulas  is  outlined  in 
Figure  3d  I  ▲. 

Calculate 
mole  ratio Empirical formula 

▲  Figure  3.11  Procedure  for  calculating 
an  empirical  formula  from  percentage 
composition.  The  central  part  of  the  calculation 
is  determining  the  number  of  moles  of  each 
element  in  the  compound  The  procedure  is  also 

summarized  as  "percent  to  mass,  mass  to  mole, 

divide  by  small,  multiply  'til  whole." 

ACTIVITY 
Empirical  Formula  Determination:  CaHb0 

■0  SAMPLE  EXERCISE  3.13  |  Calculating  an  Empirical  Formula 

Ascorbic  acid  (vitamin  C)  contains  40.42"..  C,  4.58%  1 1,  and  54.50%  O  by  mass.  What  is  the  empirical  formula  of  ascorbic  acid1 
Solution 

Analyze:  We  arc  to  determine  an  empiri<  al  formula  of  a  compound  from  the  mass  percentages  of  its  elements. 
Plan:  The  strategy  for  determining  the  empirical  formula  involves  the  three  steps  given  in  Figure  3.11. 
Solve:  We  first  assume,  for  simplici- 

ty, that  we  have  exactly  100  g  of  ma- 
terial (although  any  mass  can  be 

used).  In  100  g  of  ascorbic  acid,  we 
have 

Second,  we  calculate  the  number  of 
moles  of  each  element: 

40.92  g  C,  4.58  g  1 1,  and  54.50  g  O 

Moles  C      (40.92  g-C 
I  nml  C  \ 

12.01  €-C7 

Third,  we  determine  the  simplest 
whole-number  ratio  of  moles  by  di- 

viding each  number  ot  moles  by  the 
smallest  number  of  moles,  3.406: 

The  ratio  for  H  is  too  far  from  I  to  at- 
tribute the  difference  to  experimen- 

tal error;  in  fact,  it  is  quite  close  to 
I3.  This  suggests  that  it  we  multiply 
the  ratio  by  3,  we  will  obtain  whole 
numbers: 

The  whole-number  mole  ratio  gives 
us  the  subscripts  for  the  empirical 
formula: 

Moles  I  1 

Moles  O 

3.407 

'  3.406 

(4.58  g  H  ) 

(54.50  gO) 

I  mol  H 

1.00S  t>  FT 
I  mol  O  \ 

16.00  £-0/ 

3.407  mol  C 

4.54  mol  11 

3.406  mol  O 

1.000 
1 1 

4.54 
3.406 

1.33 

O: 

3.406 

3.406 1.000 

C:H:0  =  3(1:1.33:1)  =  3:4:3 

C3H4O3 

Check:  It  is  reassuring  that  the  subscripts  are  moderately  sized  whole  numbers.  Otherwise,  we  have  little  by  which  to  judge  the 
reasonableness  of  our  answer. 

mm  PRACTICE  EXERCISE 

A  5.325-g  sample  of  methyl  benzoate,  a  compound  used  in  the  manufacture  of  perfumes,  is  found  to  contain  3.758  g  ol  1  arbon 
0.316  g  of  hydrogen,  and  1 .25 1  g  of  oxygen.  What  is  the  empirical  formula  of  this  substance? 
Answer:  C4H4O 
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Molecular  Formula  from  Empirical  Formula 

For  any  compound,  the  formula  obtained  from  percentage  compositions  is  al- 
ways the  empirical  formula.  We  can  obtain  the  molecular  formula  from  the  em- 

pirical formula  if  we  are  given  the  molecular  weight  or  molar  mass  of  the 
compound.  The  subscripts  in  the  molecular  formula  of  a  substance  arc  always  a  whole- 

number   multiple  of  the  corresponding   subscripts   in   its   empirical  formula. 

(Section  2.6)  This  multiple  can  be  found  by  comparing  the  empirical  for- 
mula weight  with  the  molecular  weight: 

molecular  weight 

Whole-number  multiple  =  -   — —    [3. 1 1  ] empirical  formula  weight 

In  Sample  Exercise  3.13,  for  example,  the  empirical  formula  of  ascorbic  acid 

was  determined  to  be  C^r^O-j,  giving  an  empirical  formula  weight  of 
3(12.0  amu)  +  4(1.0  amu)  +  3(16.0  amu)  =  88.0  amu.  The  experimentally  de- 

termined molecular  weight  is  176  amu.  Thus,  the  molecular  weight  is  2  times 

the  empirical  formula  weight  (176/88.0  =  2.00),  and  the  molecular  formula 
must  therefore  have  twice  as  many  of  each  kind  of  atom  as  the  empirical  for- 

mula. Consequently,  we  multiply  the  subscripts  in  the  empirical  formula  by  2 
to  obtain  the  molecular  formula:  ChHsO(l. 

■I  SAMPLE  EXERCISE  3.14  |  Determining  a  Molecular  Formula 

Mesitylene,  a  hydrocarbon  that  occurs  in  small  amounts  in  crude  oil,  has  an  empiri- 
cal formula  of  C-iH^  The  experimentally  determined  molecular  weight  of  this  sub- 

stance is  121  amu.  What  is  the  molecular  formula  of  mesitvlene? 

Solution 

Analyze:  We  are  given  an  empirical  formula  and  molecular  weight  and  asked  to  de- 
termine a  molecular  formula. 

Plan:  The  subscripts  in  the  molecular  formula  of  a  compound  are  whole-number  mul- 
tiples of  the  subscripts  in  its  empirical  formula.  To  find  the  appropriate  multiple,  we 

must  compare  the  molecular  weight  with  the  formula  weight  of  the  empirical  formula. 
Solve:  First,  we  calculate  the  formula  weight  of  the  empirical  formula,  C3H4: 

3(12.0  amu)  +  4(1.0  amu)  =  40.0  amu 

Next,  we  divide  the  molecular  weight  by  the  empirical  formula  weight  to  obtain  the 
multiple  used  to  multiply  the  subscripts  in  C-,H4: 

Molecular  weight  1 21   =           =  3.02 

Empirical  formula  weight  40.0 

Only  whole-number  ratios  make  physical  sense  because  we  must  be  dealing  with 
whole  atoms.  The  3.02  in  this  case  results  from  a  small  experimental  error  in  the  mol- 

ecular weight.  We  therefore  multiply  each  subscript  in  the  empirical  formula  by  3  to 
give  the  molecular  formula:  CqHp. 
Check:  We  can  have  confidence  in  the  result  because  dividing  the  molecular  weight 
by  the  formula  weight  yields  nearly  a  whole  number. 

■  PRACTICE  EXERCISE 

Ethylene  glycol,  the  substance  used  in  automobile  antifreeze,  is  composed  of  38.7% 

C,  Q.7"u  H,  and  51.6%  O  by  mass.  Its  molar  mass  is  62.1  g/mol.  (a)  What  is  the  empir- 
ical formula  of  ethylene  glycol?  (b)  What  is  its  molecular  formula? 

Answers:  (a)  CH3O,  (b)  OHhO: 

Combustion  Analysis 

The  empirical  formula  of  a  compound  is  based  on  experiments  that  give  the 
number  of  moles  of  each  element  in  a  sample  of  the  compound.  That  is  why  we 

use  the  word  "empirical,"  which  means  "based  on  observation  and  experiment." 
Chemists  have  devised  a  number  of  experimental  techniques  to  determine 



3.5     |     Empirical  Formulas  from  Analyses 

0  "  Sample 1  ̂  * 

CuO        H20  absorber    CO:  absorber 
Furnace 

A  Figure  3.12   Apparatus  to  determine  percentages  of  carbon  and  hydrogen  in  a  compound. 
The  compound  is  combusted  to  form  C02  and  H20  Copper  oxide  helps  to  oxidize  traces  of  carbon  and  carbon 
monoxide  to  carbon  dioxide  and  to  oxidize  hydrogen  to  water. 

empirical  formulas.  One  of  these  is  combustion  analysis,  which  is  commonly 

used  for  compounds  containing  principally  carbon  and  hydrogen  as  their  com- 
ponent elements. 

When  a  compound  containing  carbon  and  hydrogen  is  completely  com- 
busted in  an  apparatus  such  as  that  shown  in  Figure  3.12  ▲  the  carbon  in  the 

compound  is  converted  to  COi,  and  the  hydrogen  is  converted  to  H20. 
I  he  amounts  of  C02  and  ll2()  produced  are  determined  by 

measuring  the  mass  increase  in  the  CQ2  and  H2()  absorbers.  From  the  masses 

of  C02  and  H20  we  can  calculate  the  number  of  moles  of  C  and  H  in  the  origi- 
nal compound  and  thereby  the  empirical  formula.  If  a  third  element  is  present 

in  the  compound,  its  mass  can  be  determined  by  subtracting  the  masses  of  C 

and  H  from  the  compound's  original  mass.  Sample  Exercise  3.15  shows  how  to 
determine  the  empirical  formula  of  a  compound  containing  C,  H,  and  O. 

H  SAMPLE  EXERCISE  3.15  |  Determining  Empirical  Formula  by  Combustion  Analysis 

Isopropyl  alcohol,  a  substance  sold  as  rubbing  alcohol,  is  composed  of  C,  H,  and  O.  Combustion  of  0.255  g  of  isopropyl  alcohol 
produces  0.561  g  of  C02  and  0.31  lh  g  of  1 1 2(  V  Determine  the  empirical  formula  of  isopropyl  alcohol. 

Solution 

Analyze:  We  are  told  that  isopropyl  alcohol  contains  C,  U,  and  O  atoms  and  given  the  quantities  of  C02  and  HiO  produced 
when  a  given  quantity  of  the  alcohol  is  combusted.  We  must  use  this  information  to  determine  the  empirical  formula  for  iso- 

propyl alcohol,  a  task  that  requires  us  to  calculate  the  number  of  moles  of  C,  I  I,  and  O  in  the  sample. 
Plan:  We  can  use  the  mole  concept  to  calculate  the  number  of  grams  of  C  present  in  the  C02  and  the  number  of  grams  of  1 1  pre- 

sent in  the  H20.  These  are  the  quantities  of  C  and  I  f  present  in  the  isopropyl  alcohol  before  combustion.  The  number  of  grams  of 
O  in  the  compound  equals  the  mass  of  the  isopropyl  alcohol  minus  the  sum  of  the  C  and  H  masses.  Once  we  have  the  number  of 
grams  of  C,  H,  and  O  in  the  sample,  we  can  then  proceed  as  in  Sample  Exercise  3.13:  Calculate  the  number  of  moles  of  each  ele- 

ment, and  determine  the  mole  ratio,  w  hich  gives  the  subscripts  in  the  empirical  formula. 
Solve:  To  calculate  the  number  of 
grams  of  C,  we  first  use  the  molar  mass 
of  C02,  1  molC02  =  44.0  gC02,  to 
convert  grams  of  CQ2  to  moles  of 
C02.  Because  there  is  only  1  C  atom  in 
each  C02  molecule,  there  is  1  mol  of  C 
atoms  per  mole  of  CQ2  molecules.  This 
fact  allows  us  to  convert  the  moles  of 

C02  to  moles  of  C.  Finally,  we  use  the 
molar  mass  of  C,  1  mol  C  =  12.0  g  C, 
to  convert  moles  of  C  to  grams  of  C. 
Combining  the  three  conversion  fac- 

tors, we  have: Grams  C  =  (0.561 
/  1  mol  COo 

44.0  g  CG2  /\  1  mol  CQ2 

1  flwtC 12-0  gC\ 

i  -nwf-ej 

0.153  eC 

The  calculation  of  the  number  of 
grams  of  H  from  the  grams  of  H2Q 
is  similar,  although  we  must  remem- 

ber that  there  are  2  mol  of  1 1  atoms 
per  1  mol  ofH20  molecules: 

The  total  mass  of  the  sample,  0.255 
g,  is  the  sum  of  the  masses  of  the  C, 
H,  and  O.  Thus,  we  can  calculate  the 
mass  of  O  as  follows: 

Grams  H  =  (0.30b  g  H20) 

1  mol  H20 

18.0  g  H2G7 
2  mol  I  I 
mol  hbO 

1.01  g  H 

I  moltt 

0.034' 

Mass  of  O  =  mass  of  sample  -  (mass of  C  +  mass  of  II) 

=  0.255  g  -  (0.1  53  g  +  0.0343  g)  =  0.068  gO 
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We  then  calculate  the  number  of  /  ]  rnol  ( 

moles  of  C,  H,  and  O  in  the  sample:  Moles  C  =  (0-153  £C\U0^)  =  0i)128  mo1  C 

Moles  H  =  (0.0343  gW \  =  0.0340  rnol  1 1 V  1.01  -g-rt  / 

Moles  O  =  (0.068  fiOH  '       °  )  =  0.0043  rnol  O 
V  16.0  g O  J 

To  find  the  empirical  formula,  we  must  compare  the  relative  number  of  moles  of  each  element  in  the  sample.  The  relative  number 
of  moles  of  each  element  is  found  by  div  iding  each  number  by  the  smallest  number,  0.0043.  The  mole  ratio  of  C :  H  :  O  so  obtained 
is  2.98:7.91  :  1.00.  The  first  two  numbers  are  very  close  to  the  whole  numbers  3  and  8,  giving  the  empirical  formula  C-(H80. 
Check:  The  subscripts  work  out  to  be  moderately  sized  whole  numbers,  as  expected. 

Hi  PRACTICE  EXERCISE 

(a)  Caproic  acid,  which  is  responsible  for  the  foul  odor  of  dirty  socks,  is  composed  of  C,  H,  and  O  atoms.  Combustion  of  a  0.225-g 
sample  of  this  compound  produces  0.512  g  CO;  and  0.209  g  H2Q.  What  is  the  empirical  formula  of  caproic  acid?  (b)  Caproic  acid 
has  a  molar  mass  of  1 16  g/mol.  What  is  its  molecular  formula? 
Answers:  (a)  C3HhO,  (b)  ChH  1202 

Q    GIVE  IT  SOME  THOUGHT 

In  Sample  Exercise  3.15,  how  do  you  explain  the  fact  that  the  ratios  C:H:0  are 
2.98 : 7.9 1  : 1 .00,  rather  than  exact  integers  3:8:1? 

3.6  I  Quantitative  Information  from  Balanced  Equations 

The  coefficients  in  a  chemical  equation  represent  the  relative  numbers  of  mole- 
cules involved  in  a  reaction.  The  mole  concept  allows  us  to  convert  this  informa- 

tion to  the  masses  of  the  substances.  Consider  the  following  balanced  equation: 

2  H2(g)  +  02(g)   "  2  H20(/)  [3.12] 

The  coefficients  indicate  that  two  molecules  of  H2  react  with  each  molecule  of 
02  to  form  two  molecules  of  H20.  It  follows  that  the  relative  numbers  of  moles 
are  identical  to  the  relative  numbers  of  molecules: 

2H2(g)  02(g)   *  2H20(/) 2  molecules  1  molecule  2  molecules 

2(6.02  ■  1023  molecules)     1(6.02  X  1023  molecules)     2(6.02  x  102?  molecules) 
2  mol  1  mol  2  mol 

We  can  generalize  this  observation  for  all  balanced  chemical  equations:  The  co- 
efficients in  a  balanced  chemical  equation  indicate  both  the  relative  numbers  of  mole- 

cules (or  formula  units)  involved  in  the  reaction  and  the  relative  numbers  of  moles. 

Table  3.3  ▼  further  summarizes  this  result  and  also  shows  how  it  corresponds 

TABLE  3.3    Information  from  a  Balanced  Equation 

Equation: 

2  H2(g) 

+ 
->     2  H20(/) 

Molecules: 2  molecules  H2 + 
1  molecule  02  — 

— *     2  molecules  H->0 

Mass  (amu): 4.0  amu  H2 
+ 

32.0  amu  02 — >     36.0  amu  H2G 

Amount  (mol): 
2  mol  H2 

+ 1  mol  Ot 

— >     2  mol  H20  " 

Mass  (g): 

4.0  g  H2 

+ 

32.0  g  02 ->     36.0  g  H20 
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to  the  law  of  conservation  ol  mass.  Notice  that  the  total  mass  of  the  reactants 

(4.0  g  +  32.0  g)  equals  the  total  mass  of  the  products  (36.0  g). 
The  quantities  2  mol  H2,  I  mol  O.,  and  2  mol  H.O,  w  hich  are  given  by  the 

coefficients  in  Equation  3.12,  are  called  stoichiometrically  equivalent  quantities. 
The  relationship  between  these  quantities  can  he  represented  as 

2  mol  H2      I  mol  02     2  mol  H20 

where  the  -  symbol  means  "is  stoichiometrically  equivalent  to."  In  other 
words,  Equation  3. 1 2  shows  2  mol  of  H.  and  I  mol  of  02  forming  2  mol  of  H20. 

These  stoichiometric  relations  can  be  used  to  convert  between  quantities  of  re- 
actants and  products  in  a  chemical  reaction,  l  or  example,  the  number  of  moles 

of  H20  produced  from  1 .57  mol  of  ( )2  can  be  calculated  as  follows: 

/  2  mol  H20\ 
Moles  H.O  =  (1.57  molO.)  -    =  3.14  mol  H.O 

Q    GIVE  IT  SOME  THOUGHT 

When  1.57  mol  02  reacts  with  H2  to  form  H20,  how  many  moles  of  H2  are  con- 
sumed in  the  process? 

As  an  additional  example,  consider  the  combustion  ol  butane  (C4Hj()),  the 
fuel  in  disposable  cigarette  lighters: 

2C4H10(/)  t  13Q2(x)  >8C02(#)  *  10H2O(#)  [3.13] 

Let's  calculate  the  mass  of  C02  produced  when  1 .00  g  of  C4I I  m  is  burned.  The  co- 
efficients in  Equation  3.13  tell  how  the  amount  ot  C4H111  consumed  is  related  to 

the  amount  of  C02  produced:  2  mol  C4H  |(!  8  mol  C02.  In  order  to  use  this  re- 
lationship, however,  we  must  use  the  molar  mass  ot  C4H  m  to  conv  ert  grams  of 

C4H10  to  moles  of  C4H io- Because  1  molC^Hjo  =  5S.0  g  C4H  m,  we  have 

Moles  C4Hi„  =  (TOO  gC4H 

mol  C4H 
>X.0gC4H, 

=  1.72  •  10  :  mol  C4H|t) 

We  can  then  use  the  stoichiometric  factor  from  the  balanced  equation,  2  mol 

C4H 10  —  8  mol  C02,  to  calculate  moles  of  C02: 

8  mol  CO. 
Moles  CO. 

' '  10 

>2  =  a.72xlO-nK,1QH111,^m(i|tjH 

=  6.88  x  10~2  mol  C02 

Finally,  we  can  calculate  the  mass  of  the  CO.,  in  grams,  using  the  molar  mass  of 

CO.  (1  mol  CO.  =  44.0  g  CO.): 

/  44.0  g  CO.  \ 
Grams  CO.  =  (6.88  X  10  -  mol  CO,) \  I  mol  CO./ 

=  3.03  g  CO. 

Thus,  the  conversion  sequence  is 

Moles 

product 
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►  Figure  3.13   The  procedure  for 
calculating  amounts  of  reactants  or 
products  in  a  reaction.  The  number  of  grams 
of  a  reactant  consumed  or  of  a  product  formed  in 
a  reaction  can  be  calculated,  starting  with  the 
number  of  grams  of  one  of  the  other  reactants  or 
products.  Notice  how  molar  masses  and  the 
coefficients  in  the  balanced  equation  are  used. 

ACTIVITY 
Stoichiometry  Calculation 

Given: 

Grams  of 
substance  A 

Use molar  mass 
of  A 

Moles  of 
substance  A 

I  iiul: 

Use 
coefficients 

- —  of  A  and  B  - 
from 

balanced  equation 

Grams  of 

substance  B 

Use 
molar  mass of  B 

Moles  of 
substance  B 

These  steps  can  be  combined  in  a  single  sequence  of  factors: 

Grams  CD2  -  (1.00  "'»1C^»  V  )(U-°^l) =  3.03  g  C02 

Similarly,  we  can  calculate  the  amount  of  O2  consumed  or  Fi20  produced 
in  this  reaction.  For  example,  to  calculate  the  amount  of  02  consumed,  we  again 

rely  on  the  coefficients  in  the  balanced  equation  to  give  us  the  appropriate  stoi- 
chiometric factor:  2  mol  C4H!Q  —  13  mol  02: 

Grams D2  =  (1.00  9^){m0%^ JUmoKTjH,,,  )[T^HX ) 
=   3.59  g  02 

Figure  3.13  A  summarizes  the  general  approach  used  to  calculate  the  quan- 
tities of  substances  consumed  or  produced  in  chemical  reactions.  The  balanced 

chemical  equation  provides  the  relative  numbers  of  moles  of  reactants  and 
products  involved  in  the  reaction. 

m  SAMPLE  EXERCISE  3.16  |  Calculating  Amounts  of  Reactants  and  Products 

How  many  grams  of  water  are  produced  in  the  oxidation  of  1.00  g  of  glucose,  ChH]20f,? 

C6Hi206(s)  +  6  02(g)   ►  6C02(g)  -  6H20(/) 

Solution 

Analyze:  We  are  given  the  mass  of  a  reactant  and  are  asked  to  determine  the  mass  of  a  product  in  the  given  equation. 
Plan:  The  general  strategy,  as  outlined  in  Figure  3.13,  requires  three  steps.  First,  the  amount  of  C6H1206  must  be  converted  from 
grams  to  moles.  We  can  then  use  the  balanced  equation,  which  relates  the  moles  of  C6Hi206  to  the  moles  of  H20:  1  mol 
C„l  1 12(  \,     6  mol  H20.  Finally,  the  moles  of  H20  must  be  converted  to  grams. 

Solve:  First,  use  the  molar  mass  of 

C(1HpOh  to  convert  from  grains  ^  ,  1  molChHl2Oh 

QH1206t0molesC6H1206:  MolesC6H1206  =  (1.00  ̂ ftaOg)^  %G^p- 
Second,  use  the  balanced  equation 
to  convert   moles  of  ChHP0(1  to  ^  T        J  1  mol  ChH12Oh  \      6  mol  H;Q 

moles  Of  H2D:  Moles  H2G  =  (1.00  g^O^  m  Q  ^ 

Third,  use  the  molar  mass  of  H20  to  /  1  mol  ChH  POh  V    6 -moH+?Q  \/l8.0gH2O' 
convert  from  moles  of  H20  to  grams        Grams  H20  =  (1.00  g-GfTTf^Cr^)  -— — — ^rrr— —     ~  ,  n  „  „  rrr^ 

0fHO:  \180.0  g-GsHr^/V1  mo\C6HuOb  J\l  mei-tf^O =  0.600  g  H2Q 
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The  steps  can  be  summarized  in  a 
diagram  like  that  in  Figure  3.13: 

1.00gC6H12O6 

'  1  mol  ( 

no  direct 
calculation 

O.oOO  e  I  1 

180.0  g  C6H1206 

18.0  g  H20 

1  mul  hbO 

5.56  x  10  3  mol  C6H1206 

6  mol  H:0 
1  mol  ChH,20, .33  x  10  "  mol  hbO 

Check:  Anestimateof  the  magnitude  of  our  answer,  18  ISO  0.1  and  0.1  ■  6  =  0.6,  agrees  with  the  exact  calculation.  The  units 
grams  H20,  are  correct,  the  initial  data  had  three  significant  figures,  so  three  significant  figures  tor  the  answer  is  correct. 
Comment:  An  average  person  ingests  2  1 .  of  u ater  il.nK  and  eliminates  2.4  L.  1  he  difference  between  2  I.  and  2.4  1  is  produced 
in  the  metabolism  of  foodstuffs,  such  as  in  the  oxidation  of  glucose.  (Metabolism  is  a  general  term  used  to  describe  all  the  chemi- 

cal processes  of  a  living  animal  or  plant.)  I  hi'  desert  rat  (kangaroo  rat),  on  the  other  hand,  apparently  never  drinks  w  ater.  It  sur- 
vives on  its  metabolic  water. 

Wm  PRACTICE  EXERCISE 

The  decomposition  of  KC  IO3  is  commonly  used  to  prepare  small  amounts  of  02  in  the  laboratory:  2  KCIOi(s)   »  2  KCl(s)  • 
3  02(g)-  How  many  grams  of  02  can  be  prepared  from  4.50  g  of  KCIO3? 
Answer:  \-77g 

^  CHEMISTRY  AT  WORK  [  CQ2  and  the  Greenhouse  Effect 

Coal  and  petroleum  provide  the  fuels  that  we  use  to  generate 
electricity  and  power  our  industrial  machinery,  these  fuels 

are  composed  primarily  ot  hvdrocarbons  and  other  carbon- 
containing  substances.  As  we  have  seen,  the  combustion  ot 
1.00  g  of  C4Hm  produces  3.03  g  ot  C02.  Similarly,  a  gallon 
(3.78  L)  of  gasoline  (density  0.70  g  ml  and  approximate 
composition  C,SH  \s)  produces  about  8  kg  ( IN  lb)  ot  C  ( )2  L  om- 
bustion  of  such  fuels  releases  about  20  billion  tons  ol  C02  into 
the  atmosphere  annually. 

Much  CC2  is  absorbed  into  oceans  or  used  by  plants  in  pho- 
tosynthesis. Nevertheless,  w  e  are  now  generating  C  C  )2  much 

faster  than  it  is  being  absorbed.  Chemists  have  monitored  at- 
mospheric C02  concentrations  since  1958.  Analysis  ot  air 

trapped  in  ice  cores  taken  from  .Antarctica  and  ( .reenland  111. ikes 
it  possible  to  determine  the  atmospheric  levels  ol  C02  during 
the  past  160,000  years.  These  measurements  reveal  thjt  the  level 

of  C02  remained  fairlv  constant  from  the  last  Ice  Age,  some 
10,000  years  ago,  until  roughly  the  beginning  of  the  Industrial 
Revolution,  about  300  years  ago.  Since  that  time  the  concentra- 

tion ot  t  C has  increased  by  about  25%  (Figure  3. 14  V). 

Although  CQ2  is  a  minor  component  ot  the  atmosphere',  it 
plays  a  significant  role  by  absorbing  radiant  heat,  acting  much 
like  the  glass  ot  a  greenhouse,  lor  this  reason,  we  often  refer  to 

C02  and  other  heat-trapping  gases  ,is  greenhouse  gases,  and 
we  call  the  warming  caused  by  these  gases  the  greenhouse  effet  I . 
Most  atmospheric  scientists  believe  that  the  accumulation  of 

C02  and  other  heat-trapping  gases  has  begun  to  1  hange  the  c.  li- 
mate  ot  our  planet.  Still,  it  is  recognized  that  the  factors  affect- 

ing climate  are  complex  and  incompletely  understood. 
We  will  examine  the  greenhouse  effect  more  closeh  in 

Chapter  is. Related  Exercises:  3.64,  3.96,  3.99,  and  3.103 

2003 

<  Figure  3.14  Increasing 
concentration  of  atmospheric 
C02.  The  world-wide  concentration 
of  C02  has  increased  from  about 
290  ppm  to  over  370  ppm  over  the 
past  150  years.  The  concentration  in 
ppm  is  the  number  of  molecules  of 

C02  per  million  (106)  molecules  of air.  Data  before  1958  came  from 
analyses  of  air  trapped  in  bubbles 
ot  glacial  ice. 
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m  SAMPLE  EXERCISE  3.17  |  Calculating  Amounts  of  Reactants  and  Products 

Solid  lithium  hydroxide  is  used  in  space  vehicles  to  remove  exhaled  carbon  dioxide. 
Tlie  lithium  hydroxide  reacts  with  gaseous  carbon  dioxide  to  form  solid  lithium  car- 

bonate and  liquid  water.  How  many  grams  of  carbon  dioxide  can  be  absorbed  bv  1.00 
g  of  lithium  hydroxide? 
Solution 

Analyze:  We  are  given  a  verbal  description  of",  a  reaction  and  asked  to  calculate  the number  of  grams  of  one  reactant  that  reacts  with  1 .00  g  of  another. 
Plan:  The  verbal  description  of  the  reaction  can  be  used  to  write  a  balanced  equation: 

2  LiOH(>)  +  C02(g)   ►  Li2C03(s)  +  H20(/) 

We  are  given  the  grams  of  LiOH  and  asked  to  calculate  grams  of  CO2.  We  can  ac- 
complish this  task  by  using  the  following  sequence  of  conversions: 

Grams  LiOH   ►  moles  LiOH   ►  moles  COt   *  grams  CO2. 

The  conversion  from  grams  of  LiOH  to  moles  of  LiOH  requires  the  molar  mass  of 
LiOH  (6.94  +  16.00  +  1.01  =  23.95  g/mol).  The  conversion  of  moles  of  LiOH  to 
moles  of  CO2  is  based  on  the  balanced  chemical  equation:  2  mol  LiOH  ̂   1  mol  C02 . 
To  convert  the  number  of  moles  of  CO?  to  grams,  we  must  use  the  molar  mass  of 
CO::  12.01  +  2(16.00)  =  44.01  g/mol. 
Solve: 

_  /  1  mol  LiOH  \/  1  -moHrOT  \/  44.01  gC02\ 

( 100  23.95  ̂ enh^OH  Jv  Kr^efeoY  J  =  0  919  » 
Check:  Notice  that  23.95  =  24,  24  x  2  =  48,  and  44/48  is  slightly  less  than  1.  Thus, 
the  magnitude  of  the  answer  is  reasonable  based  on  the  amount  of  starting  LiOH;  the 
significant  figures  and  units  are  appropriate,  too. 

■H  PRACTICE  EXERCISE 

Propane,  C-,H8,  is  a  common  fuel  used  for  cooking  and  home  heating.  What  mass  of 
02  is  consumed  in  the  combustion  of  1.00  g  of  propane? 
Answer:  3.64  g 

3.7  I  Limiting  Reactants 

Suppose  you  wish  to  make  several  sandwiches  using  one  slice  of  cheese  and 

two  slices  of  bread  for  each  sandwich.  Using  Bd  =  bread,  Ch  =  cheese,  and 
Bd2Ch  =  sandwich,  the  recipe  for  making  a  sandwich  can  be  represented  like  a 
chemical  equation: 

2  Bd  +  Ch   *  Bd2Ch 

If  you  have  10  slices  of  bread  and  7  slices  of  cheese,  you  will  be  able  to  make  only 
five  sandwiches  before  you  run  out  of  bread.  You  will  have  2  slices  of  cheese  left 
over.  The  amount  of  available  bread  limits  the  number  of  sandwiches. 

An  analogous  situation  occurs  in  chemical  reactions  when  one  of  the  reac- 
tants is  used  up  before  the  others.  The  reaction  stops  as  soon  as  any  one  of  the 

reactants  is  totally  consumed,  leaving  the  excess  reactants  as  leftovers.  Sup- 
pose, for  example,  that  we  have  a  mixture  of  10  mol  H2  and  7  mol  02,  which 

react  to  form  water: 

2  H2(g)  +  02(g)  -  —  2  H20(g) 

Because  2  mol  H2  —  1  mol  02,  the  number  of  moles  of  02  needed  to  react  with 
all  the  Ho  is 

1  mol  On  , 

Moles  02  =  (10-Hwr+TT)   ; — -    =  5  mol  O-. 
2  mortfj 



Before  reaction \ t u-i  reac  tion 

I  .imitine  Reactants 
11)5 

H->  and  7Q-, III  H.Oand  2  0-> 

▲  Figure  3.15  Example  illustrating  a  limiting  reactant.  Because  the  H2  is  completely  consumed,  it  is 
the  limiting  reagent  in  this  case.  Because  there  is  a  stoichiometric  excess  of  02,  some  is  left  over  at  the  end  of 
the  reaction.  The  amount  of  H20  formed  is  related  directly  to  the  amount  of  H2  consumed. 

Because  7  mol  02  was  av  ailable  at  the  start  of  the  reaction,  7  mol  02  _  5  mol  02 
=  2  mol  Ot  will  still  be  present  w  hen  all  the  II:  is  consumed.  The  example  we 
have  considered  is  depicted  on  a  molecular  level  in  Figure  3.15  ▲. 

The  reactant  that  is  completely  consumed  in  a  reaction  is  called  either  the 
limiting  reactant  or  limiting  reagent  because  it  determines,  or  limits,  the  amount 

of  product  formed.  The  other  reactants  are  sometimes  called  either  i'.yccss  reac- 
tants or  excess  reagents.  In  our  example,  1 l2  is  the  limiting  reactant,  which  means 

that  once  all  the  1 12  has  been  consumed,  the  reaction  stops.  02  is  the  excess  re- 
actant, and  some  is  left  over  when  the  reaction  stops. 

There  are  no  restrictions  on  the  starting  amounts  of  the  reactants  in  any  re- 
action. Indeed,  many  reactions  are  carried  out  using  an  excess  of  one  reagent. 

The  quantities  of  reactants  consumed  and  the  quantities  of  products  formed, 

however,  are  restricted  by  the  quantity  of  the  limiting  reactant.  When  a  com- 
bustion reaction  takes  place  in  the  open  air,  oxygen  is  plentiful  and  is  therefore 

the  excess  reactant.  You  may  have  had  the  unfortunate  experience  of  running 

out  of  gasoline  while  driving.  The  car  stops  because  you've  run  out  of  the  limit- 
ing reactant  in  the  combustion  reaction,  the  fuel. 

Before  we  leave  our  present  example,  let's  summarize  the  data  in  a  tabular form: 

ANIMATION 
Limiting  Reagent 

2  H2(g) 

o2(g)  — 

2H20(X) 

Initial  quantities: III  mol 7  mol 
(1  mol 

Change  (reaction): 
III  mol 3  mol 

i  III  mol 

Final  quantities: 0  mol 2  mol 11)  mol 

The  initial  amounts  of  the  reactants  are  w  hat  we  started  with  (10  mol  H2 
and  7  mol  02).  The  second  line  in  the  table  (change)  summarizes  the  amounts 

of  the  reactants  consumed  and  the  amount  of  the  product  formed  in  the  reac- 
tion. These  quantities  are  restricted  bv  the  quantity  of  the  limiting  reactant  and 

depend  on  the  coefficients  in  the  balanced  equation.  The  mole  ratio 

H2:02:  H20  =  10:5: 10  conforms  to  the  ratio  of  the  coefficients  in  the  balanced  ^  activity 
equation,  2:1:2.  The  changes  are  negative  for  the  reactants  because  they  are  Xl  Limiting  Reagents 
consumed  during  the  reaction  and  positive  for  the  product  because  it  is  formed 
during  the  reaction.  Finally,  the  quantities  in  the  third  line  of  the  table  (final 
quantities)  depend  on  the  initial  quantities  and  their  changes,  and  these  entries 

are  found  by  adding  the  entries  for  the  initial  quantity  and  change  for  each  col- 
umn. There  is  none  of  the  limiting  reactant  (H2)  left  at  the  end  of  the  reaction. 

All  that  remains  is  2  mol  G2  and  10  mol  H20. 
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■9  SAMPLE  EXERCISE  3.18  |  Calculating  the  Amount  of  Product  Formed  from  a  Limiting  Reactant 

The  most  important  commercial  process  for  converting  N2  from  the  air  into  nitrogen-containing  compounds  is  based  on  the  reac- 
tion of  Ni  and  Hi  to  form  ammonia  (NHt): 

N2(x)  +  3H2(g)   ►  2NH3(g) 
How  many  moles  of  NH3  can  be  formed  from  3.0  mol  of  N2  and  6.0  mol  of  H2? 

Solution 

Analyze:  We  are  asked  to  calculate  the  number  of  moles  of  product,  NH3,  given  the  quantities  of  each  reactant,  N2  and  H2,  avail- 
able in  a  reaction.  Thus,  this  is  a  limiting  reactant  problem. 

Plan:  If  we  assume  that  one  reactant  is  completely  consumed,  we  can  calculate  how  much  of  the  second  reactant  is  needed  in  the 
reaction.  By  comparing  the  calculated  quantity  with  the  available  amount,  we  can  determine  which  reactant  is  limiting.  We  then 
proceed  with  the  calculation,  using  the  quantity  of  the  limiting  reactant. 

Solve:  The  number  of  moles  of  H2 
needed  for  complete  consumption 
of  3.0  mol  ofN2  is 

Because  only  6.0  mol  H2  is  available, 
we  will  run  out  of  H2  before  the  N2  is 
gone,  and  H2  will  be  the  limiting  re- 

actant. We  use  the  quantity  of  the 
limiting  reactant,  H2,  to  calculate  the 
quantity  of  NH3  produced: 

Comment:  The  table  on  the  right 
summarizes  this  example: 

Moles  H.  =  (3.0  mol  NS 

3  mol  H2 
1  moFNj 

9.0  mol  Hi 

/  2  mol  NH3 

Moles  NH3  =  (6.0  mol+Fr)  ~ 

\  3  rnoH=F> 

4.0  mol  NH3 

N2(X)  ■+ 3  H2(g)   > 

2  NH3(x) 

Initial  quantities: 3.0  mol 6.0  mol 0  mol 

Change  (reaction): 

-2.0  mol -6.0  mol 

+4.0  mol 

Final  quantities: 1 .0  mol 0  mol 4.0  mol 

Notice  that  we  can  calculate  not  only  the  number  of  moles  of  NH3  formed  but  also  the  number  of  moles  of  each  of  the  reactants 
remaining  after  the  reaction.  Notice  also  that  although  the  number  of  moles  of  H2  present  at  the  beginning  of  the  reaction 
is  greater  than  the  number  of  moles  of  N2  present,  the  H2  is  nev  ertheless  the  limiting  reactant  because  of  its  larger  coefficient  in 
the  balanced  equation. 
Check:  The  summarizing  table  shows  that  the  mole  ratio  of  reactants  used  and  product  formed  conforms  to  the  coefficients  in  the 
balanced  equation,  1:3:2.  Also,  because  H2  is  the  limiting  reactant,  it  is  completely  consumed  in  the  reaction,  leaving  0  mol  at 
the  end.  Because  2.0  mol  H2  has  two  significant  figures,  our  answer  has  two  significant  figures. 

mm  PRACTICE  EXERCISE 

Consider  the  reaction  2  Al(s)  +  3  Cl2(y)   *  2  AlCl3(s).  A  mixture  of  1.50  mol  of  Al  and  3.00  mol  of  Cl2  is  allowed  to  react. 
(a)  Which  is  the  limiting  reactant?  (b)  How  many  moles  of  A1C13  are  formed?  (c)  How  many  moles  of  the  excess  reactant  remain 
at  the  end  of  the  reaction? 
Answers:  (a)  Al,  (b)  1.50  mol,  (c)  0.75  mol  Cl2 

WM  SAMPLE  EXERCISE  3.19  |  Calculating  the  Amount  of  Product  Formed  from  a 
Limiting  Reactant 

Consider  the  following  reaction: 

2Na3P04(fl(7)  +  3  Ba(N03)2(fl<7)   »  Ba3(P04)2(s)  +  6  NaN03(m/) 
Suppose  a  solution  containing  3.50  g  of  Na3P04  is  mixed  with  a  solution  containing 
6.40  g  of  Ba(N03)2.  How  many  grams  of  Ba3(P04)2  can  be  formed? 
Solution 
Analyze:  We  are  asked  to  calculate  the  amount  of  a  product,  given  the  amounts  of 
two  reactants,  so  this  is  a  limiting  reactant  problem. 
Plan:  We  must  first  identify  the  limiting  reagent.  To  do  so,  we  can  calculate  the  num- 

ber of  moles  of  each  reactant  and  compare  their  ratio  with  that  required  by  the  bal- 
anced equation.  We  then  use  the  quantity  of  the  limiting  reagent  to  calculate  the  mass 

of  Ba3(P04)2  that  forms. 
Solve:  From  the  balanced  equation,  we  have  the  following  stoichiometric  relations: 

2  mol  Na3P04  -  3  mol  Ba(NQ3)2  -  1  mol  Ba3(P04)2 



3  mol  BafN©5£  J\  1  mol  I3d ^( I*04)2 

Using  the  molar  mass  of  each  substance,  we  can  calculate  the  number  of  moles  of 
each  reactant: 

/  1  mol  Na-,PO,  \ 
Moles  Na,P04  =  (3.50  g-Na3P04)  =  0.0213  mol  Nad'04 \  164  g  NjrjrCT)  / 

/  I  mol  Ba(NCh),  \ 
Moles  BafNO^b  =  (6.40  g-Bd(N03)->)   —    =  0.0245  mol  Ba(NO^ \  261  g  Ba<Nl  / 

Thus,  there  are  slightly  more  moles  of  Ba(N03)2  than  moles  of  Nad'G)4.  The  coeffi- 
cients in  the  balanced  equation  indicate,  however,  that  the  reaction  requires 

3  mol  Ba(NCh)2  for  each  2  mol  Na3P04.  [That  is,  1.5  times  more  moles  of  Ba(N03)2 

are  needed  than  moles  of  Nad'O.).!  Thus,  there  is  insufficient  BafNChh  to  complete- 
ly consume  the  Nad'04.  That  means  that  Ba(\'0  ,)>  is  the  limiting  reagent.  We  there- 

fore use  the  quantity  of  Ba(NO-Jj  to  calculate  the  quantity  of  product  formed.  We  can 
begin  this  calculation  with  the  grams  of  Ba(NC)  but  we  can  save  a  step  by  starting 
with  the  moles  of  Ba(NCh>2  that  were  calculated  previously  in  the  exercise: 

/  1  mo!  Ba^fPOdT,  \(  602  g  Ba3(P04)2 

Grams  Ba3(P04)2  =  (0.0245  me\  Ba(!VO;):)(  ;      -  0_'^J^Z 

=  4.92  g  Ba3(P( 

Check:  The  magnitude  of  the  answer  seems  reasonable:  Starting  with  the  numbers 
in  the  two  conversion  factors  on  the  right,  we  have  600/3  =  200;  200  ■  0.025  =  5. 
The  units  are  correct,  and  the  number  of  significant  figures  (three)  corresponds  to 
the  number  in  the  quantity  of  Ba(NO})2- 
Comment:  The  quantity  of  the  limiting  reagent,  Ba(N(  )3)2,  can  also  be  used  to  deter- 

mine the  quantity  of  NaNOi  formed  (4.16  g)  and  the  quantity  of  Na3P04  used 

(2.67  g).  The  number  of  grams  of  the  excess  reagent,  Na  4'C ),,  remaining  at  the  end  of 
the  reaction  equals  the  starting  amount  minus  the  amount  consumed  in  the  reaction, 
3.50  g  -  2.67  g  =  0.82  g. 

BH  PRACTICE  EXERCISE 

A  strip  of  zinc  metal  having  a  mass  of  2.00  g  is  placed  in  an  aqueous  solution  con- 
taining 2.50  g  of  silver  nitrate,  causing  the  following  reaction  to  occur: 

Zn(s)  +  2  AgNO^/)   ►  2  Ag(s)  +  Zn(N03)2((7(/) 

(a)  Which  reactant  is  limiting?  (b)  1  low  many  grams  of  Ag  will  form?  (c)  I  low  main 
grams  of  ZnfNO-ib  will  form?  (d)  1  low  many  grams  of  the  excess  reactanf  will  be  left 
at  the  end  of  the  reaction? 

Answers:  (a)  AgN03,  (b)  1 .59  g,  (c)  1.39  g,  (d)  1.52  g  Zn 

Theoretical  Yields 

The  quantity  of  product  that  is  calculated  to  form  when  all  of  the  limiting  reactant 
reacts  is  called  the  theoretical  yield.  The  amount  of  product  actually  obtained  in 
a  reaction  is  called  the  actual  yield.  The  actual  yield  is  almost  always  less  than  (and 
can  never  be  greater  than)  the  theoretical  yield.  There  are  many  reasons  for  this 
difference.  Part  of  the  reactants  may  not  react,  lor  example,  or  they  may  react  in  a 

way  different  from  that  desired  (side  reactions).  In  addition,  it  is  not  always  pos- 
sible to  recover  all  of  the  product  from  the  reaction  mixture.  The  percent  yield  of 

a  reaction  relates  the  actual  yield  to  the  theoretical  (calculated)  yield: 

actual  yield 
Percent  yield  -  r  -  X  100%  [3.14] theoretical  yield 

In  the  experiment  described  in  Sample  bxercise  3.19,  for  example,  we  cal- 
culated that  4.92  g  of  Ba^(P04)2  should  form  when  3.50  g  of  Na3P04  is  mixed 

with  6.40  g  of  Ba(N03)2.  The  4.92  g  is  the  theoretical  yield  of  Ba^(P04)2  in  the 
reaction.  If  the  actual  yield  turned  out  to  be  4.70  g,  the  percent  yield  would  be 4.70  g 

  X  100%  =  95.5'!'., 
4.92  g 
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STRATEGIES  IN  CHEMISTRY  i  How  to  Take  a  Test 

At  about  this  time  in  your  study  ol  chemistry,  you  are  likely 
to  face  your  first  hour-long  examination.  The  best  way  to 

prepare  for  the  exam  is  to  study  and  do  homework  diligently 

and  to  make  sure  you  get  help  from  the  instructor  on  any  mate- 
rial that  is  unclear  or  confusing.  (See  the  advice  for  learning  and 

studying  chemistry  presented  in  the  preface  of  the  book.)  We 
present  here  some  general  guidelines  for  taking  tests. 

Depending  on  the  nature  of  vour  course,  the  exam  could 

consist  of  a  variety  of  different  types  of  questions.  Let's  con- 
sider some  of  the  more  common  types  and  how  they  can  best 

be  addressed. 

1.  Multiple-choice  questions 
In  large-enrollment  courses,  the  most  common  kind  of 
testing  dev  ice  is  the  multiple-choice  question.  You  are 
giv  en  the  problem  and  usually  presented  with  four  or  five 
possible  answers  from  which  you  must  select  the  correct 
one.  The  first  thing  to  realize  is  that  the  instructor  has 

written  the  question  so  that  all  of  the  answer  choices  ap- 
pear at  first  glance  to  be  correct.  (There  would  be  little 

point  in  offering  choices  you  could  tell  were  wrong  even 

without  knowing  much  about  the  concept  being  tested.) 
Thus,  you  should  not  jump  to  the  conclusion  that  because 
one  ol  the  choices  looks  correct,  it  must  be  so. 

II  a  multiple-choice  question  involves  a  calculation, 
perform  the  calculation,  quickly  double-check  your  work, 
and  only  then  compare  your  answer  with  the  choices.  If 
you  find  a  match,  you  have  probably  found  the  correct 
answer.  Keep  in  mind,  though,  that  your  instructor  has 
anticipated  the  most  common  errors  one  can  make  in 

solving  a  given  problem  and  has  probably  listed  the  in- 
correct answers  resulting  from  those  errors.  Thus,  always 

double-check  your  reasoning  and  make  sure  to  use  di- 
mensional analysis  to  arrive  at  the  correct  answer,  with 

the  correct  units. 

In  multiple-choice  questions  that  don't  involve  calcu- 
lations, one  w  ay  to  proceed  if  you  are  not  sure  of  the  cor- 

rect choice  is  to  eliminate  all  the  choices  you  know  for 
sure  to  be  incorrect.  Additionally,  the  reasoning  you  used 
in  eliminating  incorrect  choices  will  help  you  in  reasoning 
about  which  is  the  one  correct  choice. 

■H  SAMPLE  EXERCISE  3.20  |  Calculating  the  Theoretical  Yield  and  Percent  Yield  j 
for  a  Reaction 

Adipic  acid,  H;C(1H,s04,  is  used  to  produce  nylon.  The  acid  is  made  commercially  by  ! 
a  controlled  reaction  between  cyclohexane  (ChH)2)  and  02: 

2C6H12(/)  +  5  02(g)   ►  2H2C6H804(Z)  +  2H20(g) 

(a)  Assume  that  you  carry  out  this  reaction  starting  with  25.0  g  of  cyclohexane  and  . 
that  cyclohexane  is  the  limiting  reactant.  What  is  the  theoretical  yield  of  adipic  acid? 

(b)  If  you  obtain  33.5  g  of  adipic  acid  from  your  reaction,  what  is  the  percent 
yield  of  adipic  acid? 
Solution 
Analyze:  We  are  given  a  chemical  equation  and  the  quantity  of  the  limiting  reactant 
(25.0  g  of  C,,H|2).  We  are  asked  first  to  calculate  the  theoretical  yield  of  a  product 
(H2ChHs04)  and  then  to  calculate  its  percent  yield  if  only  33.5  g  of  the  substance  is 
actually  obtained. 
Plan: 

(a)  The  theoretical  yield,  which  is  the  calculated  quantity  of  adipic  acid  formed  in 
the  reaction,  can  be  calculated  using  the  following  sequence  of  conversions: 

gC6H12   »  molC6H12          mol  H2C6H804   ►  gH2C6H804. 
(b)  The  percent  yield  is  calculated  by  comparing  the  actual  yield  (33.5  g)  to  the 

theoretical  yield  using  Equation  3.14. 
Solve: 

/  1  mol  C^Hjt  \ 

(a)  Grams  H2C6H804  =  (25.0 -g-GfiHTJ) 

84.0  -g-€sFrT2  / 

2  4m>ld4^d=ts04  Y  146.0  g  H2CbH8Q4 
(2  -mot-H^e^O!  V 

\    2molC6H12  j\ 
=  43.5  g  H2C6H804 

actual  yield  33.5  g 
(b)  Percent  yield  -  x  1007,,  =  — x  100%  =  77.0% theoretical  yield  43.5  g 

Check:  Our  answer  in  (a)  has  the  appropriate  magnitude,  units,  and  significant  fig- 
ures. In  (b)  the  answer  is  less  than  100%  as  necessary. 
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2.  Calculations  in  which  you  must  show  your  work 
Your  instructor  may  present  you  with  ,i  numerical  problem 
in  which  you  are  to  show  your  work  in  arriving  at  a  solution. 
In  questions  of  this  kind,  you  may  receive  partial  credit  even 

if  you  don't  arrive  at  the  correct  answer,  depending  on 
whether  the  instructor  can  follow  your  line  of  reasoning.  It  is 
important,  therefore,  to  be  as  neat  and  organized  as  you  can 

be,  given  the  pressures  of  exam  taking.  It  is  helpful  in  ap- 
proaching such  questions  to  take  a  tew  moments  to  think 

about  the  direction  you  are  going  to  take  in  solving  the  prob- 
lem, and  you  may  even  want  to  write  a  few  words  or  a  dia- 

gram on  the  test  paper  to  indicate  your  plan  of  attack.  Then 
write  out  your  calculations  as  neatly  as  you  can.  Show  the 
units  for  every  number  you  write  down,  anil  use  dimension- 

al analysis  as  much  as  you  can,  showing  how  units  cancel. 
3.  Questions  requiring  drawings 

Sometimes  a  test  question  will  require  you  to  draw  a 
chemical  structure,  a  diagram  related  to  chemical  bond- 

ing, or  a  figure  showing  some  kind  of  chemical  process. 
Questions  of  this  kind  will  come  later  in  the  course,  but  it 

is  useful  to  talk  about  them  here.  (You  should  review  this 
box  before  each  exam  you  take,  to  remind  yourself  of 

good  exam-taking  practices.)  Be  sure  to  label  your  draw  - 
ing as  completely  as  possible. 

4.  Other  types  of  questions 
Other  exam  questions  you  might  encounter  include  true- 
false  questions  and  ones  in  which  you  are  given  a  list  and 
asked  to  indicate  which  members  of  the  list  match  some 

criterion  given  in  the  question.  Often  students  answer 
such  questions  incorrectly  because,  in  their  haste,  they 
misunderstand  the  nature  of  the  question.  Whatever  the 
question  form,  ask  yourself  this:  What  is  the  instructor 
testing  here?  What  material  am  I  supposed  to  know  that 
this  question  covers? 

Finally,  if  you  find  that  you  simplv  don't  see  how  to  ar- 
rive at  a  reasoned  response  to  a  question,  don't  linger  over  the 

question.  Put  a  check  next  to  it  and  go  on  to  the  next  one.  If 

time  permits,  vou  can  come  back  to  the  unanswered  ques- 
tions, but  lingering  over  a  question  when  nothing  is  coming  to 

mind  is  wasting  time  vou  may  need  to  finish  the  exam. 

Mi  PRACTICE  EXERCISE 

Imagine  that  you  are  working  on  ways  to  improve  the  process  by  which  iron  ore  con- 
taining Fe20i  is  converted  into  iron.  In  your  tests  vou  carry  out  the  following  reac- 

tion on  a  small  scale: 

Fe203(s)  +  3CO(x)   *  2Fe(s)  +  3C02(g) 
(a)  If  you  start  with  150  g  of  Fc^Oi  as  the  limiting  reagent,  what  is  the  theoretical  yield  of 
Fe?  (b)  If  the  actual  yield  of  Fe  in  your  test  was  87.9  g,  what  was  the  percent  yield? 
Answers:  (a)  105  g  Fe,  (b)  83.7% 

SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  3.1  The  study  of  the 
quantitative  relationships  between  chemical  formulas 
and  chemical  equations  is  known  as  stoichiometry. 
One  of  the  important  concepts  of  stoichiometry  is  the 
law  of  conservation  of  mass,  which  states  that  the  total 

mass  of  the  products  of  a  chemical  reaction  is  the  same 
as  the  total  mass  of  the  reactants.  The  same  numbers  of 

atoms  of  each  type  are  present  before  and  after  a  chem- 
ical reaction.  A  balanced  chemical  equation  shows  equal 

numbers  of  atoms  of  each  element  on  each  side  of  the 

equation.  Equations  are  balanced  by  placing  coefficients 
in  front  of  the  chemical  formulas  for  the  reactants  and 

products  of  a  reaction,  not  by  changing  the  subscripts  in 
chemical  formulas. 

Section  3.2  Among  the  reaction  tvpes  described  in  this 
chapter  are  (1)  combination  reactions,  in  which  two  reac- 

tants combine  to  form  one  product;  (2)  decomposition  re- 
actions, in  which  a  single  reactant  forms  two  or  more 

products;  and  (3)  combustion  reactions  in  oxygen,  in 
which  a  hydrocarbon  or  related  compound  reacts  with 
CA  to  form  COA  and  hhO. 

Section  3.3  Much  quantitative  information  can  be  deter- 
mined from  chemical  formulas  and  balanced  chemical 

equations  by  using  atomic  weights.  The  formula  weight  of 
a  compound  equals  the  sum  of  the  atomic  weights  of  the 
atoms  in  its  formula.  If  the  formula  is  a  molecular  formula, 

the  formula  weight  is  also  called  the  molecular  weight 

Atomic  weights  and  formula  weights  can  be  used  to  deter- 
mine the  elemental  composition  of  a  compound. 

Section  3.4  A  mole  of  any  substance  is  Avogadro's 
number  (b.02  ■  102T  of  formula  units  of  that  substance 
The  mass  of  a  mole  of  atoms,  molecules,  or  ions  (the 

molar  mass)  equals  the  formula  weight  of  thai  material 
expressed  in  grams.  The  mass  of  one  molecule  ol  I  I 
for  example,  is  IS  amu,  so  the  mass  of  I  mol  of  I  AO  is 
IS  g.  That  is,  the  molar  mass  of  H2O  is  IS  g  mol. 
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Section  3.5  The  empirical  formula  of  any  substance 

can  be  determined  from  its  percent  composition  by  calcu- 
lating the  relative  number  of  moles  of  each  atom  in  100  g 

of  the  substance.  If  the  substance  is  molecular  in  nature, 

its  molecular  formula  can  be  determined  from  the  empir- 
ical formula  if  the  molecular  weight  is  also  known. 

Sections  3.6  and  3.7  The  mole  concept  can  be  used  to 
calculate  the  relative  quantities  of  reactants  and  products 
involved  in  chemical  reactions.  The  coefficients  in  a  bal- 

anced equation  give  the  relative  numbers  of  moles  of  the  re- 
actants and  products.  To  calculate  the  number  of  grams  of  a 

product  from  the  number  of  grams  of  a  reactant,  therefore, 
first  convert  grams  of  reactant  to  moles  of  reactant.  We  then 
use  the  coefficients  in  the  balanced  equation  to  convert  the 
number  of  moles  of  reactant  to  moles  of  product.  Finally, 
we  convert  moles  of  product  to  grams  of  product. 

A  limiting  reactant  is  completely  consumed  in  a  reac- 
tion. When  it  is  used  up,  the  reaction  stops,  thus  limiting  the 

quantities  of  products  Formed.  The  theoretical  yield  of  a  re- 
action is  the  quantity  of  product  calculated  to  form  when  all 

of  the  limiting  reagent  reacts.  The  actual  yield  of  a  reaction  is 
always  less  than  the  theoretical  yield.  The  percent  yield 
compares  the  actual  and  theoretical  yields. 

VISUALIZING  CONCEPTS 

3.1  The  reaction  between  reactant  A  (blue  spheres)  and  reac- 
tant B  (red  spheres)  is  shown  in  the  following  diagram: 

3.3 

Based  on  this  diagram,  which  equation  best  describes 
the  reaction?  [Section  3.1] 

(a)  A2  +  B   ►  A:B  (b)  A2  +  4  B   ►  2  AB: 
(c)  2  A  +  B4   *  2  AB2      (d)  A  +  B2   »  AB2 

3.2  Under  appropriate  experimental  conditions,  FF  and  CO 
undergo  a  combination  reaction  to  form  CFF,OH.  The 

drawing  below  represents  a  sample  of  Fh.  Make  a  cor- 
responding drawing  of  the  CO  needed  to  react  com- 

pletely with  the  FF.  How  did  you  arrive  at  the  number 
of  CO  molecules  in  vour  drawing?  [Section  3.2] 

The  following  diagram  represents  the  collection  of  ele- 
ments formed  by  decomposition  reaction,  (a)  If  the  blue 

spheres  represent  N  atoms  and  the  red  ones  represent  O 
atoms,  what  was  the  empirical  formula  of  the  original 
compound?  (b)  Could  you  draw  a  diagram  representing 

the  molecules  of  the  compound  that  had  been  decom- 
posed? Why  or  why  not?  [Section  3.2] 

3.4  The  following  diagram  represents  the  collection  of  CO2 
and  FhO  molecules  formed  by  complete  combustion  of 
a  hydrocarbon.  What  is  the  empirical  formula  of  the 

hydrocarbon?  [Section  3.2] 

3.5  Glycine,  an  amino  acid  used  by  organisms  to  make  pro- 
teins, is  represented  by  the  molecular  model  below, 

(a)  Write  its  molecular  formula,  (b)  Determine  its  molec- 
ular mass,  (c)  Calculate  the  percent  nitrogen  by  mass  in 

glycine.  [Section  3.3  and  3.5] 

3.6  The  following  diagram  represents  a  high-temperature 
reaction  between  CH4  and  FFO.  Based  on  this  reaction, 

how  many  moles  of  each  product  can  be  obtained  start- 
ing with  4.0  mol  CH47  [Section  3.6] 
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3.7  Nitrogen  (N2)  and  hydrogen  react  to  form  ammo- 
nia (Nl  I  J.  COnsidrr  the  mixture  of  N2  and  I  I  j  show  n  in 

the  accompanying  diagram.  The  blue  spheres  represent 
N,  and  the  white  ones  represent  1 1.  Draw  a  representa- 

tion of  the  product  mixture,  assuming  that  the  reaction 
goes  to  completion.  I  low  did  you  arrive  at  your  repre- 

sentation? What  is  the  limiting  reactant  in  this  case? 
[Sec  tion  3.7] 

3.8  Nitrogen  monoxide  and  oxygen  react  to  form  nitrogei 
dioxide.  Consider  the  mixture  ot  NO  and  02  shown  in  the 

accompanying  diagram.  The  blue  spheres  represent  N,  and 
the  red  ones  represent  O.  (a)  Draw  a  representation  ol  the 

product  mixture,  assuming  that  the  reaction  goes  to  com- 

pletion. What  is  the  limiting  reactant  in  this  case1  (b)  1  low 
many  N02  molecules  would  you  draw  as  products  it  the 

reaction  had  a  percent  vield  of  75"..?  |Section  3.7] 

EXERCISES 

Balancing  Chemical  Equations 

3.9  (a)  What  scientific  principle  or  law  is  used  in  the  process 
of  balancing  chemical  equations?  (b)  In  balanc  ing  equa- 

tions, why  shouldn't  subscripts  in  chemical  formulas  be 
changed?  (c)  What  are  the  symbols  used  to  represent 
gases,  liquids,  solids,  and  aqueous  solutions  in  (  hemu  al 
equations? 

3.10  (a)  What  is  the  difference  between  adding  a  subsc  ript  2 
to  the  end  ol  the  formula  for  CO  to  give  C  ( )2  and  adding 
a  coefficient  in  front  ol  the  formula  to  give  2  CO?  (b)  Is 
the  following  chemical  equation,  as  written,  consistent 
with  the  law  of  conservation  of  mass1 

3  Mg(OH)2(s)  •  2  H3PO4H)  

Mg.-?(P04)2(s)  t  6  H20(/) 

Why  or  w  h\  not? 

3.11  Balance  the  follow  ing  equations: 

(a)  CO(x)  +  02(#)   '  C02(£) 
(b)  N205(£)  +  H20(/)   »  HN03(ai/) 
(c)  CH4(g)  +  Cl2(g)   '  CCI4(/)  +  HC1&) 
(d)  Al4C3(s)  +  H20(/)   •  Al(OH)3(s)  +  CH,(-) 
(e)  C5H10O2(/)  +  Q2{g)   >  COM-)  -  H20($) 
(f)  Fe(OH)3(s)  +  H:S04(</</)   >  Fe2(S04)3(r?(7)  I  H20(/) 
(g)  Mg3N2(s)  4  H2S04(rt(j)   > 

MgS04(fl<j)  +  (NH4)2S04(<k/) 
3.12  Balance  the  following  equations: 

(a)  Li(s)  +  N2(g)   ►  Li3N(s) 
(b)  La203(s)  +  H20(/)   »  La(OH)3(m/) 
(c)  NH4N03(s)   ►  N2(\')  +  02(g)  +  H20(x) 

(d)  Ca3P2(s)  +  H20(/)   >  Ca(OH)2(<7</)  •  PH3(tf) 
(e)  Ca(OH)2(fl<7)  +  H3P04(rt<j)   ►  Ca3(P04)2(s)  +  H20(/) 

(f)  AgN03(«(7)  +  Na2S04(rt(/)   ► 
Ag2S04(s)  +  NaNO  ;(<;«/) 

(g)  CH,NH2(x)  4  02(#)   ►  CO20f)  4  H20(x)  4  N2(x) 
3.13  Write  balanced  chemical  equations  to  correspond  to  each 

of  the  following  descriptions:  (a)  Solid  calcium  carbide, 
CaC2,  reacts  with  water  to  form  an  aqueous  solution  ol 
calcium  hydroxide  and  acetylene  gas,  C2II2.  (b)  When 
solid  potassium  chlorate  is  heated,  it  decomposes  to  form 
solid  potassium  chloride  and  oxygen  gas.  (c)  Solid  zinc 
metal  reacts  with  sulfuric  acid  to  form  hydrogen  gas  and 

an  aqueous  solution  of  zinc  sulfate,  (d)  When  liquid  phos- 
phorus trichloride  is  added  to  water,  it  reacts  to  form 

aqueous  phosphorous  acid,  H3P03(rt</),  and  aqueous  hy- 
drochloric acid,  (e)  When  hydrogen  sulfide  gas  is  passed 

over  solid  hot  iron(III)  hydroxide,  the  resultant  reaction 
produces  solid  iron(III)  sulfide  and  gaseous  w  ater. 

3.14  Convert  these  descriptions  into  balanced  equations: 
(a)  When  sulfur  trioxide  gas  reacts  with  water,  a  solu- 

tion of  sulfuric  acid  forms,  (b)  Boron  sulfide,  B2S  i(s),  re- 
acts violently  w  ith  water  to  form  dissolved  horn  acid, 

H3BC)3,  and  hydrogen  sulfide  gas.  (c)  Phosphine, 
PH3(g),  combusts  in  oxygen  gas  to  form  gaseous  water 
and  solid  tetraphosphorus  decoxide.  (d)  When  solid 
mercury(II)  nitrate  is  heated,  it  decomposes  to  form 
solid  mercury(II)  oxide,  gaseous  nitrogen  dioxide,  and 
oxygen,  (e)  Copper  metal  reacts  with  hot  concentrated 
sulfuric  acid  solution  to  form  aqueous  copper(II)  sul- 

fate, sulfur  dioxide  gas,  and  water. 

Patterns  of  Chemical  Reactivity 
3.15  (a)  When  the  metallic  element  sodium  combines  with 

the  nonmetallic  element  bromine,  Br2(7),  how  can  you 

determine  the  chemical  formula  of  the  product1  1  low  do 
you  know  whether  the  product  is  a  solid,  liquid,  or  gas 
at  room  temperature?  Write  the  balanced  chemical 

equation  for  the  reaction,  (b)  When  a  hydrocarbon 
burns  in  air,  what  reactant  besides  the  hydrocarbon  is 

involved  in  the  reaction1  What  products  are  formed? 
Write  a  balanced  chemical  equation  for  the  combustion 
of  benzene,  C,,H„(7),  in  air. 
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3.16  (a)  Determine  the  chemical  formula  of  the  product 
formed  when  the  metallic  element  calcium  combines 

with  the  nonrnetallic  element  oxygen,  02.  Write  the  bal- 
anced chemical  equation  for  the  reaction,  (b)  What 

products  form  when  a  compound  containing  C,  H,  and 
O  is  completely  combusted  in  air?  Write  a  balanced 
chemical  equation  for  the  combustion  of  acetone, 

C3H60(/)(  in  air. 
3.17  Write  a  balanced  chemical  equation  for  the  reaction  that 

occurs  when  (a)  Mg(s)  reacts  with  02(g);  (b)  barium 
carbonate  decomposes  into  barium  oxide  and  carbon 
dioxide  gas  w  hen  heated;  (c)  the  hydrocarbon  styrene, 
C*HS(/),  is  combusted  in  air;  (d)  dimethylether, 
CH^OCH^fy),  is  combusted  in  air. 

3.18  Write  a  balanced  chemical  equation  for  the  reaction  that 

occurs  when  (a)  aluminum  metal  undergoes  a  combina- 
tion reaction  with  02(x);  (b)  copper(II)  hydroxide  de- 

composes into  copper(II)  oxide  and  water  when  heated; 

(c)  heptane,  C7H  | ,,(/),  burns  in  air;  (d)  the  gasoline  additive 
MTBE  (methyl  tert-buty]  ether),  C>H120(/),  burns  in  air. 

3.19  Balance  the  following  equations,  and  indicate  whether 
they  are  combination,  decomposition,  or  combustion 
reactions: 

(a)  Al(s)  +  Cl2(g)   >  AlCl3(s) 
(b)  C2H4(g)  +  02(X)   »  C02(g)  +  H20(g) 
(c)  Li(s)  +  N2(g>-  >  Li3N(s) 
(d)  PbC03(s)   ►  PbO(s)  +  C02(g) 

(e)  C7H802(/)  +  02(X)   *  C02(g)  +  H2OCs>) 
3.20  Balance  the  following  equations,  and  indicate  whether 

they  are  combination,  decomposition,  or  combustion 
reactions: 

(a)  C3H6(g)  +  02(g)   •>  C02{g)  +  H20(g) 
(b)  NH4NO,(s)   ►  N20(g)  +  HzO(g) 

(c)  C5H6O(0  +  02(g)   >  C02(g)  +  H20(g) 
(d)  N2(A')  +  H2(g)   *  NH3(g) 

(e)  K20(s)  +  H20(/)   ►  KOH(mj) 

Formula  Weights 

3.21  Determine  the  formula  weights  of  each  of  the  following 
compounds:      (a)  N2Os,   (b)  CuS04,   (c)  (NH4)3P04, 

(d)  Ca(HC03)2,  (e)  aluminum  sulfide,  (f)  iron(III)  sul- 
fate, (g)  disilicon  hexabromide. 

3.22  Determine  the  formula  weights  of  each  of  the  following 
compounds:  (a)  nitrous  oxide,  N20,  known  as  laughing 
gas  and  used  as  an  anesthetic  in  dentistry;  (b)  benzoic 

acid,  HC7H=;02,  a  substance  used  as  a  food  preserv  a- 
tive; (c)  Mg(OH)2,  the  active  ingredient  in  milk  of  mag- 

nesia; (d)  urea,  (NH2)2CO,  a  compound  used  as  a 
nitrogen  fertilizer;  (e)  isopentvl  acetate,  CH3C02C.5Hn; 
responsible  for  the  odor  of  bananas. 

3.23  Calculate  the  percentage  by  mass  of  oxygen  in  the  fol- 
lowing compounds:  (a)S03;  (b)  CH3COOCH3; 

(c)  Cr(N03h;  (d)  sodium  sulfate;  (e)  ammonium  nitrate. 

3.24  Calculate  the  percentage  bv  mass  of  the  indicated  ele- 
ment in  the  following  compounds:  (a)  carbon  in  acety- 
lene, C2H2,  a  gas  used  in  welding;  (b)  hydrogen  in 

ascorbic  acid,  HChH70h,  also  known  as  vitamin  C; 

(c)  hydrogen  in  ammonium  sulfate,  (NH4)2S04,  a  sub- 
stance used  as  a  nitrogen  fertilizer;  (d)  platinum  in 

PtCl2(NH3)2,  a  chemotherapy  agent  called  cisplatin; 
(e)  oxygen  in  the  female  sex  hormone  estradiol, 

C|SH2402:  (f)  carbon  in  capsaicin,  Ci^H^NO-,,  the  com- 
pound that  gives  the  hot  taste  to  chili  peppers. 

3.2^  Based  on  the  following  structural  formulas,  calculate  the 
percentage  of  carbon  by  mass  present  in  each  compound: 

(a) 

1 1 1 1 
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c 

=c 
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\ / 
c c 
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1 1 1 1 
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H,C— C- c— c- 

1  1 
-O- 

-c 

H,C 
H  H 

Vanillin 
(vanilla  flavor) 

Isopentvl  acetate ( banana  flavor) 

3.26  Calculate  the  percentage  of  carbon  by  mass  in  each  oil 
the  compounds  represented  by  the  following  models: 

(a) (b) 

H 

(<  ) 

(d) 
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Avogadro's  Number  and  the  Mole 

3.27  (a)  What  is  Avogadro's  number,  and  how  is  it  related  to 
the  mole?  (b)  Wh.it  is  the  relationship  between  the  for- 

mula weight  of  a  substance  and  its  molar  mass? 
3.28  (a)  What  is  the  mass,  in  grams,  of  a  mole  of  C?  (b)  How 

many  carbon  atoms  are  present  in  a  mole  of  C? 

3.29  Without  doing  any  detailed  calculations  (but  using  a  peri- 
odic table  to  give  atomic  weights),  rank  the  following 

samples  in  order  of  increasing  number  of  atoms:  0.50  mol 

H2O,23gNa,6.0  •'  1023 N2 molecules. 
3.30  Without  doing  any  detailed  calculations  (but  using  a  pe- 

riodic table  to  give  atomic  weights),  rank  the  following 
samples  in  order  of  increasing  number  of  atoms: 

3.0  X  1023  molecules  of  H202,  2.0  mol  CI  I  ,,  12  g02. 

3.31  What  is  the  mass,  in  kilograms,  ot  an  Avogadro's  num- 
ber of  Olympic  shot-put  balls  il  each  one  has  a  mass  of 

16  lb?  How  does  this  compare  with  the  mass  ot  f  ai  th, 

5.98  <  K)24  kg7 
3.32  If  Avogadro's  number  of  pennies  is  divided  equally 

among  the  242  million  men,  women,  and  children  in  the 
United  States,  how  many  dollars  would  each  receive? 
How  does  this  compare  with  the  national  debt  of  the 
United  States,  which  was  S7.ll  trillion  at  the  time  of  the 
writing  of  this  text? 

3.33  Calculate  the  following  quantities: 
(a)  mass,  in  grams,  of  0.771  mol  Cal  l:> 
(b)  moles  of  Mg(NCM2  in  5.35  £  ,)f  t|lls  substance 
(c)  number  of  molecules  in  0.0305  mol  CH3OH 
(d)  number  of  C  atoms  in  0.585  mol  C4H 1U 

3.34  Calculate  the  following  quantities: 

(a)  mass,  in  grams,  of  1.906  ■   10  "  mol  Bah 
(b)  number  of  moles  of  NH4C1  in  48.3  g  of  this  substance 
(c)  number  of  molecules  in  0.05752  mol  HCHGs 

(d)  number  of  O  atoms  in  4.88  ■  10  1  mol  AKNOJ, 

3.35  (a)  What  is  the  mass,  in  grams,  of  2.50  ■   10  'mol  ol 
ammoniu m  phospha te ? 

(b)  How  many  moles  of  chloride  ions  are  in  0.2550  g  of 
aluminum  chloride? 

(c)  What  is  the  mass,  in  grams,  of  7.70  X  10""  molecules 
of  caffeine,  C8H10N4O2? 

(d)  What  is  the  molar  mass  of  cholesterol  if  0.00103  mol 

weighs  0.40b  g7 

3.36  (a)  What  is  the  mass,  in  grams,  ol  0.11714  mol  ol 
iron(III)  sulfate? 

(b)  How  many  moles  ot  ammonium  ions  are  in  8.776  g 

ot  ammonium  carbonate1 
(c)  What  is  the  mass,  in  grams,  of  6.52  ■   10  molecules 

of  aspirin,  CgHgOj  ? 
(d)  What  is  the  molar  mass  of  diazepam  (Valium  )  it 

0.05570  mol  weighs  15.86  g? 

3.37  The  molecular  formula  of  allicin,  the  compound  respon- 
sible tor  the  characteristic  smell  of  garlic,  is  ChHioOS2. 

(a)  What  is  the  molar  mass  *>t  allicin1  (b)  How  mam 

moles  of  allicin  are  present  in  5.00  mg  ot  this  substance1 
(c)  1  low  many  molecules  of  allicin  are  in  1.00  mg  of  this 
substance?  (d)  How  many  S  atoms  are  present  in 

1.00  mg  of  allicin7 
3.38  The  molecular  formula  of  aspartame,  the  artificial 

sweetener  marketed  as  NutraSweet  ,  is  C|.|H islNNO-?. 

(a)  What  is  the  molar  mass  ot  aspartame1  (b)  How  many 
moles  of  aspartame  are  present  in  1 .00  mg  of  aspartame1 
(c)  How  many  molecules  ot  aspartame  are  present  in 

1.00  mg  of  aspartame1  (d)  I  low  many  hydrogen  atoms 
are  present  in  1.00  mg  of  aspartame? 

3.39  A  sample  of  glucose,  C6H1206,  contains  1.250  ■  I021 
atoms  of  carbon,  (a)  How  many  atoms  of  hydrogen  does 

it  contain1  (b)  How  many  molecules  of  glucose  does  it 
contain7  (c)  How  many  moles  of  glucose  does  it  con- 

tain7 (d)  What  is  the  mass  of  this  sample  in  grams1 
3.40  A  sample  of  the  male  se\  hormone  testosterone, 

C|l,H2nC>2,  contains  7. OS  ■  10-"  atoms  of  hydrogen, 
(a)  1  low  many  atoms  of  carbon  does  it  contain?  (b)  I  low 
many  molecules  of  testosterone  does  it  contain?  (c)  I  low 

many  moles  of  testosterone  does  it  contain1  (d)  W  hat  is 
the  mass  of  this  sample  in  grams7 

3.41  The  allowable  concentration  level  of  vinyl  chloride, 
C2H3C1,  in  the  atmosphere  in  a  chemical  plant  is 
2.0  •  10  '\g  'L  How' mam  moles  of  vinvi  chloride  in  each 

liter  does  this  represent7  How  many  molecules  per  liter1 
3.42  At  least  21  fig  of  tetrahydrocannabinol  (THC),  the  active 

ingredient  in  marijuana,  is  required  to  produce  intoxica- 
tion. T  he  molecular  formula  of  Tl  1C  is  C2]H  ?()( )2 .  I  low 

main  moles  of  THC  does  this  25  fig  represent1  I  low 

many  molecules1 

Empirical  Formulas 

3.43  Give  the  empirical  formula  of  each  ot  the  following 
compounds  if  a  sample  contains  (a)  0.01 10  mol  C, 
0.0390  mol  H,  and  0.0065  mol  O;  (b)  1 1 .66  g  iron  and  1.01 

g  oxygen;  (c)  40.0",.  C,  6.7",,  H,  and  13.3",,  O  by  mass. 
3.44  Determine  the  empirical  formula  of  each  of  the  follow- 

ing compounds  if  a  sample  contains  (a)  0.104  mol  k, 
0.052  mol  C,  and  0. 1 56  mol  O;  (b)  5.28  g  Sn  and  3.37  g  F; 
(c)  87.5%  N  and  12.5%  H  by  mass. 

3.45  Determine  the  empirical  formulas  of  the  compounds 
with  the  following  compositions  by  mass: 
(a)  10.4%  C,  27.8%  S,  and  61.7%  CI 
(b)  21.7%  C,  9.6%  O,  and  68.7%  F 
(c)  32.79%  Na,  13.02%  Al,  and  54.19%  F 

3.46  Determine  the  empirical  formulas  of  the  compounds 
with  the  following  compositions  by  mass: 

(a)  55.3%  K,  14.6%  P,  and  H). ]",.  t") ' (b)  24.1"„  Na,  14.9%  Si,  and  60.6%  F 

(c)  62.1%C,  5.21%  H,  12.1%  N,  and  20.7",,  O 
3.47  What  is  the  molecular  formula  of  each  of  the  following 

compounds? 
(a)  empirical  formula  CH2,  molar  mass  =  ,S4  g  mol 
(b)  empirical  formula  NH2C1,  molar  mass 

3.48  What  is  the  molecular  formula  of  each  ol  the  following 
compounds? 
(a)  empirical  formula  HC02,  molar  mass         Og  mol 
(b)  empirical  formula  C21 1  (C ),  molar  mass      88  g  mol 
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3.49  Determine  the  empirical  and  molecular  formulas  of 
each  of  the  following  substances: 

(a)  Styrene,  a  compound  substance  used  to  make  Styro- 

foam"2  cups  and  insulation,  contains  92. 3%  C  and 
7.7%  H  by  mass  and  has  a  molar  mass  of  104  g/mol. 

(b)  Caffeine,  a  stimulant  found  in  coffee,  contains  49.5".. 
C,  5.15%  H,  28.9"/,,  N,  and  16.5%  O  by  mass  and  has 
a  molar  mass  about  195  g/mol. 

(c)  Monosodium  glutamate  (MSG),  a  flavor  enhancer  in 
certain  foods,  contains  35.51%  C,  4.77%  H,  37.85% 
O,  8.29%  N,  and  13.60%  Na,  and  has  a  molar  mass 
of  169  g/mol. 

3.50  Determine  the  empirical  and  molecular  formulas  of 
each  of  the  following  substances: 

(a)  [buprofen,  a  headache  remedy,  contains  75.69",,  C, 
8.80%  H,  and  15.51",,  O  by  mass,  and  has  a  molar 
mass  about  20(->  g/mol. 

(b)  Cadaverine,  a  foul  smelling  substance  produced  by 
the  action  of  bacteria  on  meat,  contains  58.55%  C, 

13.81%  H,  and  27.40%  N  by  mass;  its  molar  mass  is 
102.2  g/mol. 

(c)  Epinephrine  (adrenaline),  a  hormone  secreted  into 
the  bloodstream  in  times  of  danger  or  stress, 

contains  59.0%  C,  7.1",,  H,  26.2%  O,  and  7.77,,  N  by 
mass;  its  MW  is  about  180  amu. 

3.51  (a)  Combustion  analysis  of  toluene,  a  common  organic 
solvent,  gives  5.86  mg  of  C02  and  1.37  mg  of  H20.  If  the 
compound  contains  only  carbon  and  hydrogen,  what  is  its 
empirical  formula?  (b)  Menthol,  the  substance  we  can 
smell  in  mentholated  cough  drops,  is  composed  of  C,  H, 

and  O.  A  0.1005-g  sample  of  menthol  is  combusted,  pro- 
ducing 0.2829  g  of  C02  and  0.1159  g  of  H20.  What  is  the 

empirical  formula  for  menthol?  If  the  compound  has  a 
molar  mass  of  156  g/mol,  what  is  its  molecular  formula? 

3.52  (a)  The  characteristic  odor  of  pineapple  is  due  to  ethyl 
butyrate,  a  compound  containing  carbon,  hydrogen, 
and  oxygen.  Combustion  of  2.78  mg  of  ethyl  butyrate 
produces  6.32  mg  of  C02  and  2.58  mg  of  H20.  What  is 
the  empirical  formula  of  the  compound?  (b)  Nicotine,  a 
component  of  tobacco,  is  composed  of  C,  H,  and  N.  A 
5.250-mg  sample  of  nicotine  was  combusted,  producing 
14.242  mg  of  CQ2  and  4.083  mg  of  H20.  What  is  the  em- 

pirical formula  for  nicotine?  If  the  substance  has  a  molar 
mass  of  160  ±  5  g/mol,  what  is  its  molecular  formula? 

3.53  Washing  soda,  a  compound  used  to  prepare  hard  water 
for  washing  laundry,  is  a  hydrate,  which  means  that  a 
certain  number  of  water  molecules  are  included  in  the 
solid  structure.  Its  formula  can  be  written  as 

Na2COy.vH20,  where  v  is  the  number  of  moles  of  H20 

per  mole  of  Na2CCv  When  a  2.558-g  sample  of  washing 
soda  is  heated  at  25  C,  all  the  water  of  hydration  is  lost, 
leaving  0.948  g  of  Na2C03.  What  is  the  value  of  x? 

3.54  Epsom  salts,  a  strong  laxative  used  in  veterinary  medi- 
cine, is  a  hydrate,  which  means  that  a  certain  number  of 

water  molecules  are  included  in  the  solid  structure.  The 

formula  for  Epsom  salts  can  be  written  as  MgSCy.vH20, 
where  v  indicates  the  number  of  moles  of  H20  per  mole 
of  MgS04.  When  5.061  g  of  this  hydrate  is  heated  to 

250°C,  all  the  water  of  hydration  is  lost,  leaving  2.472  g  of 
MgSQ4.  What  is  the  value  of  ,v? 

Calculations  Based  on  Chemical  Equations 

3.55  Why  is  it  essential  to  use  balanced  chemical  equations 
when  determining  the  quantity  of  a  product  formed 
from  a  given  quantity  of  a  reactant? 

3.56  What  parts  of  balanced  chemical  equations  give  infor- 
mation about  the  relative  numbers  of  moles  of  reactants 

and  products  involved  in  a  reaction? 

3.57  Hydrofluoric  acid,  HF((7(/),  cannot  be  stored  in  glass  bot- 
tles because  compounds  called  silicates  in  the  glass  are 

attacked  by  the  HF((7</).  Sodium  silicate  (Na2Si03),  for 
example,  reacts  as  follows: 

Na2Si03(s)  +  8HF(<7</)   < 

H2SiF„(/?<7)  +  2NaF(<7<7)  +  3  H2Q(/) 

(a)  I  low  many  moles  of  HF  are  needed  to  react  with 
0.300  mol  of  Na2SiCh? 

(b)  I  low  many  grams  of  NaT  form  when  0.500  mol  of 
HF  reacts  with  excess  Na2SiO-!? 

(c)  I  low  many  grams  of  Na2SiO-(  can  react  with  0.800  g ot  HF? 

3.58  The  fermentation  of  glucose  (C(lH|2Oh)  produces  ethyl 
alcohol  (C2HsOH)  and  C02: 

C6H1206(rt<7) 2CTCO II  (,?</)  +  2C02(s>) 

(a)  I  low  many  moles  of  C02  are  produced  when 
0.400  mol  of  C61  I  ]  >0„  reacts  in  this  fashion? 

(b)  How  many  grams  of  ChH12Oh  are  needed  to  form 
7.50  g  of  C2H3OH? 

(c)  How  many  grams  of  C02  form  when  7.50  g  of 

QH5OH  are  produced? 
3.59  Several  brands  of  antacids  use  Al(OH)3  to  react  with 

stomach  acid,  which  contains  primarily  HC1: 

Al(OHh(s)  +  HCI(fl<7) AlCl3(m7)  +  H2Q(/) 

(a)  Balance  this  equation. 
(b)  Calculate  the  number  of  grams  of  HC1  that  can  react 

with  0.500  g  of  Al(OH)-,. 
(c)  Calculate  the  number  of  grams  of  AICI3  and  the 

number  of  grams  of  H20  formed  when  0.500  g  of 
Al(OH)3  reaacts. 

(d)  Show  that  vour  calculations  in  parts  (b)  and  (c)  are 
consistent  with  the  law  of  conservation  of  mass. 

3.60  An  iron  ore  sample  contains  Fe203  together  with  other  sub- 
stances. Reaction  of  the  ore  with  CO  produces  iron  metal: 

Fe203(s)  +  CO(g) 
Fe(s)  +  CQ2(x) 

(a)  Balance  this  equation. 
(b)  Calculate  the  number  of  grams  of  CO  that  can  react 

with  0.150  kg  of  Fe203. 

(c)  Calculate  the  number  of  grams  of  Fe  and  the 
number  of  grams  of  C02  formed  when  0.150  kg  of 

Fe203  reacts. 
(d)  Show  that  your  calculations  in  parts  (b)  and  (c)  are 

consistent  with  the  law  of  conservation  of  mass. 
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3.61  Aluminum  sulfide  reacts  with  water  to  form  aluminum 
hydroxide  and  hydrogen  sulfide,  (a)  Write  the  balanced 
chemical  equation  for  this  reaction,  (b)  How  many 
grams  of  aluminum  hydroxide  are  obtained  from  6.75  g 
of  aluminum  sulfide? 

3.62  Calcium  hydride  reac  ts  with  water  to  form  calcium  hy- 
droxide and  hydrogen  gas.  (a)  Write  a  balanced  chemical 

equation  for  the  reaction,  (b)  1  low  many  grams  of  calci- 
um hydride  are  needed  to  form  8.500  ̂   of  hydrogen? 

3.63  Automotive  air  bags  inflate  when  sodium  a/ide,  NaN-;, 
rapidly  decomposes  to  its  component  elements: 

2  NaN3(s)   »  2  Na(s)  t  3  N2(g) 

(a)  I  low  many  moles  of  [\J2  are  produced  by  the  decom- 

position of  1.50  mol  of  \'aNi? 
(b)  I  low  many  grams  of  NaNU  are  required  to  form 

10.0  g  of  nitrogen  gas1 
(c)  I  low  many  grams  ol  NaN  j  are  required  to  produce 

10.0  ft !  of  nitrogen  gas  it  the  gas  has  a  density  of 
1.25  g/L? 

3.64  The  complete  combustion  of  octane,  ( .SH|S,  a  compo- 
nent of  gasoline,  proceeds  as  follows: 

2C8H18(/)  +  25  02(#)   ►  16C02Q?)  +  18  H20(g) 

(a)  I  low  many  moles  of  Q->  are  needed  to  burn  1.25  mol 
ofC8H18? 

(b)  I  low  many  grams  ot  ( )->  are  needed  to  burn  1 0.0  g  ol 
C8H18? 

(c)  Octane  has  a  density  of  0.692  g  nil  at  20  C.  I  low 
many  grams  of  02  are  required  to  burn  1 .00  gal  ot 
C8H18? 

Limiting  Reactants;  Theoretical  Yields 

3.67  (a)  Define  the  terms  limiting  reactant  and  excess  reactant. 
(b)  Why  are  the  amounts  of  products  formed  in  a  reaction 
determined  only  by  the  amount  of  the  limiting  reactant? 

3.68  (a)  Define  the  terms  theoretical  yield,  actual  yield,  and 

percent  yield,  (b)  Why  is  the  actual  yield  in  a  reaction  al- 
most always  less  than  the  theoretical  yield1 

3.69  A  manufacturer  of  bicycles  has  4NI5  wheels,  2305 

frames,  and  2255  handlebars,  (a)  flow  many  bicycles 

can  be  manufactured  using  these  parts1  (b)  How  many 
parts  of  each  kind  are  left  over?  (c)  Which  part  limits  the 
production  of  bicycles? 

3.70  A  bottling  plant  has  121,515  bottles  with  a  capacity  of 
355  mL,  122,500  caps,  and  40,875  1.  of  beverage,  (a)  1  low 
many  bottles  can  be  filled  and  capped?  (b)  How  much 
of  each  item  is  left  over?  (c)  Which  component  limits  the 
production? 

3.71  Sodium  hydroxide  reacts  with  carbon  dioxide  as  follows: 

2NaOH(s)  +  CO:(x)   »  Na2C03(s)  +  H2Q(/) 
Which  reagent  is  the  limiting  reactant  when  1 .85  mol 

NaOH  and  1.00  mol  C02  are  allowed  to  react1  I  low 
many  moles  of  Na2CO-(  can  be  produced1  How  main 
moles  of  the  excess  reactant  remain  after  the  completion 
of  the  reaction? 

3.72  Aluminum  hydroxide  reacts  with  sulfuric  acid  as  follows: 

2  Al(OH)3(s)  +  3  H:S04(/?</)   ► 
Al2(SC\,h(^/)  +  6  H20(/) 

3.65  A  piece  of  aluminum  foil  1.00  cm  square  and  0.550  mm 
thick  is  allowed  to  react  with  bromine  to  form  alu- 

minum bromide  as  show  n  in  the  accompanying  photo. 

(a)  I  low  many  moles  ot  aluminum  w  ere  used1  (The 
density  ot  aluminum  is  2.(->L'<-)  g  cm '.)  (b)  How  many 
grams  of  aluminum  bromide  form,  assuming  that  the 
aluminum  reacts  completely? 

3.66  Detonation  of  nitroglycerin  proceeds  as  follows: 

4C^H-,N^Om(/)   * 
12C02(£)  +  6N2(g)  +  02(£)  +  l0H2O(£) 

(a)  If  a  sample  containing  2.00  ml  ot  nitroglycerin 

(density  =  1.592  g/mL)  is  detonated,  how  main  total 
moles  of  gas  are  produced1  (b)  If  each  mole  ot  gas  occu- 

pies 55  L  under  the  conditions  of  the  explosion,  how 

many  liters  of  gas  are  produced1  (c)  I  low  main  grams 

of  N2  are  produced  in  the  detonation1 

Which  reagent  is  the  limiting  reactant  when  0.500  mol 

AKOHh  and  0.500  mol  IHSO)  are  allowed  to  react1 
How  many  moles  ot  A12(S04)3  can  form  under  these 
conditions?  How  many  moles  of  the  excess  reactant  re- 

main after  the  completion  of  the  reaction? 

3.73  The  fizz  produced  when  an  Alka-Seltzer  tablet  is  dis- 
solved in  water  is  due  to  the  reaction  between  sodium 

bicarbonate  (\al  ICO;)  and  citric  acid  (I  I  ,C  f,Hs07): 

3  NdHCO^rtij)  +  H^H^CVf/h/)   ► 
3C02(£)  +  3H2Q(/)  t  Na3C6Hs07(<7(/) 

In  a  certain  experiment  1.00  g  of  sodium  bicarbonate 
and  1 .00  g  of  citric  acid  are  allowed  to  react,  (a)  W  hich 

is  the  limiting  reactant1  (b)  How  many  grams  ol  car- 
bon dioxide  form1  (c)  How  many  grams  of  the  excess 

reactant  remain  after  the  limiting  reactant  is  complete- 

ly consumed  ? 
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3.74  One  of  the  steps  in  the  commercial  process  for  converting 
ammonia  to  nitric  acid  is  the  conv  ersion  of  NH-j  to  NO: 

4  NH,(x)  +  50z(g)   *  4  NO(g)  +  6  H20(g) 

In  a  certain  experiment,  1.50  g  of  Nhp  reacts  with  2.75  g 
of  Oi.  (a)  Which  is  the  limiting  reactant?  (b)  How  many 

grams  of  NO  and  of  I  l20  form!'  (c)  I  low  many  grams  ol 
the  excess  reactant  remain  after  the  limiting  reactant  is 
completely  consumed?  (d)  Show  that  your  calculations 
in  parts  (b)  and  (c)  are  consistent  with  the  law  of  conser- 

vation of  mass. 

3.75  Solutions  of  sodium  carbonate  and  silver  nitrate  react  to 
form  solid  silver  carbonate  and  a  solution  of  sodium  ni- 

trate. A  solution  containing  3.50  g  of  sodium  carbonate  is 
mixed  with  one  containing  5.00  g  of  silver  nitrate.  How 
many  grams  of  sodium  carbonate,  silver  nitrate,  silver 
carbonate,  and  sodium  nitrate  are  present  after  the  reac- 

tion is  complete? 
3.76  Solutions  of  sulfuric  acid  and  lead(II)  acetate  react  to 

form  solid  lead(II)  sulfate  and  a  solution  of  acetic  acid.  If 
7.50  g  of  sulfuric  acid  and  7.50  g  of  lead(ll)  acetate  are 
mixed,  calculate  the  number  of  grams  of  sulfuric  acid, 
Iead(II)  acetate,  lead(II)  sulfate,  and  acetic  acid  present 
in  the  mixture  after  the  reaction  is  complete. 

3.77  When  benzene  (ChHj  reacts  with  bromine  (Br2),  bro- 
mobenzene  (C(1H5Br)  is  obtained: 

C6H6  +  Br2   >  QHsBr  +  HBr 

(a)  Wh.it  is  the  theoretical  yield  of  bromoben/ene  in  this 
reaction  when  30.0  g  of  benzene  reacts  with  65.0  g  of 

bromine7  (b)  It  the  actual  yield  of  bromobenzene  was 
56.7  g,  what  w  as  the  percentage  yield? 

3.78  When  ethane  (C2f  lh)  reacts  with  chlorine  (Cl2),  the  main 
product  is  C2H^CI;  but  other  products  containing  CI, 
such  as  C2H4CI2,  are  also  obtained  in  small  quantities. 
The  formation  of  these  other  products  reduces  the  yield) 
of  C2H5C1.  (a>  Calculate  the  theoretical  yield  of  C2H,C1> 
when  125  g  of  C2H„  reacts  with  255  g  of  Cl2,  assuming1 
that  C2Hh  and  Cl2  react  only  to  form  C2HSC1  and  HQ. 
(b)  Calculate  the  percent  yield  of  C2H^C1  if  the  reaction! 
produces  206  g  of  C2H5CI. 

3.79  Lithium  and  nitrogen  react  to  produce  lithium  nitride: 

6  Li(s)  +  N2(x)   »  2  Li3N(s) 

If  5.00  g  of  each  reactant  undergoes  a  reaction  with  a 
88.5%  yield,  how  many  grams  of  U3N  are  obtained  fromj 
the  reaction? 

3.80  When  hydrogen  sulfide  gas  is  bubbled  into  a  solution  of 
sodium  hydroxide,  the  reaction  forms  sodium  sulfide 
and  water.  How  many  grams  of  sodium  sulfide  are 
formed  if  1.50  g  of  hydrogen  sulfide  is  bubbled  into  a  so- 

lution containing  2.00  g  of  sodium  hydroxide,  assuming 
that  the  sodium  sulfide  is  made  in  92.0%  yield? 

Additional  Exercises 

3.81  Write  the  balanced  chemical  equation  for  (a)  the  com- 
plete combustion  of  butyric  acid,  HC4H702(/),  a  com- 

pound produced  when  butter  becomes  rancid;  (b)  the 
decomposition  of  solid  nickel(II)  hydroxide  into  solid 

nickel(II)  oxide  and  water  vapor;  (c)  the  combination  re- 
action between  zinc  metal  and  chlorine  gas. 

3.82  The  effectiveness  of  nitrogen  fertilizers  depends  on  both 
their  ability  to  deliver  nitrogen  to  plants  and  the  amount 

of  nitrogen  they  can  deliver.  Four  common  nitrogen- 
containing  fertilizers  are  ammonia,  ammonium  nitrate, 
ammonium  sulfate,  and  urea  [(NH2)2COJ.  Rank  these 
fertilizers  in  terms  of  the  mass  percentage  nitrogen  they 
contain. 

3.83  (a)  Diamond  is  a  natural  form  of  pure  carbon.  How 

many  moles  of  carbon  are  in  a  1.25-carat  diamond 
(1  carat  =  0.200  g)?  How  many  atoms  are  in  this  dia- 

mond? (b)  The  molecular  formula  of  acetylsalicylic  acid 
(aspirin),  one  of  the  most  common  pain  relievers,  is 
HC9H7O4.  How  many  moles  of  HGH7O4  are  in  a 

0.500-g  tablet  of  aspirin1  How  many  molecules  of 
I  IC„I  [704  are  in  this  tablet7 

3.84  (a)  One  molecule  of  the  antibiotic  know  n  as  penicillin  G 
has  a  mass  of  5.342  X  10  g.  What  is  the  molar  mass  of 

penii  illm  ( ,7  (b)  I  lemoglobin,  the  oxygen-carrying  pro- 
tein in  red  blood  cells,  has  tour  iron  atoms  per  molecule 

and  contains  0.340%  iron  by  mass.  Calculate  the  molar 
mass  ot  hemoglobin. 

3.85  Very  small  1  rystals  composed  of  1000  to  100,000  atoms, 
called  quantum  dots,  are  being  investigated  for  use  in 
electronic  devices. 

(a)  Calculate  the  mass  in  grams  of  a  quantum  dot 
consisting  of  10,000  atoms  of  silicon. 

(b)  Assuming  that  the  silicon  in  the  dot  has  a  density  of 
2.3  g  cm  \  calculate  its  volume. 

(c)  Assuming  that  the  dot  has  the  shape  of  a  cube, 
calculate  the  length  of  each  edge  of  the  cube. 

3.86  Serotonin  is  a  compound  that  conducts  nerve  impulses  in 

the  brain.  It  contains  68.2  mass  percent  C,  6.86  mass  percent' 
H,  15.9  mass  percent  N,  and  9.08  mass  percent  O.  Its  molar 
mass  is  176  g/mol.  Determine  its  molecular  formula. 

3.87  The  koala  dines  exclusively  on  eucalyptus  leaves.  Its  di-! 
gestive  system  detoxifies  the  eucalyptus  oil,  a  poison  tc, 
other  animals.  The  chief  constituent  in  eucalvptus  oil  is 

a  substance  called  eucalyptol,  which  contains  77.87"..  C 
11.76%  H,  and  the  remainder  O.  (a)  What  is  the  empiri-1 
cal  formula  for  this  substance?  (b)  A  mass  spectrum  of 
eucalyptol  shows  a  peak  at  about  154  amu.  What  is  the 
molecular  formula  of  the  substance? 

3.88  Vanillin,  the  dominant  flavoring  in  vanilla,  contains  C 
H,  and  O.  When  1.05  g  of  this  substance  is  completer} 

combusted,  2.43  g  of  C02  and  0.50  g  of  H20  are  pro- 
duced. What  is  the  empirical  formula  of  vanillin? 

|3.89|  An  organic  compound  was  found  to  contain  onlv  C,  H 
and  CI.  When  a  1.50-g  sample  of  the  compound  was 
completely  combusted  in  air,  3.52  g  of  C02  was  formed 
In  a  separate  experiment  the  chlorine  in  a  1.00-g  sample 
of  the  compound  was  converted  to  1.27  g  of  AgCl.  De- 

termine the  empirical  formula  of  the  compound. 

1 3.90 1  An  oxybromate  compound,  KBrOv,  where  x  is  un- 
known, is  analyzed  and  found  to  contain  52.92"..  Br 

What  is  the  value  of  v? 
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[3.91|  An  clement  X  forms  an  iodide  (XI-?)  and  a  chloride 
(XCh).  The  iodide  is  quantitatively  converted  to  the 
chloride  when  it  is  heated  in  a  stream  of  chlorine: 

2XI3  4  3CI2   »  2  XC13  +  3  I2 

If  0.5000  g  of  XI3  is  treated,  0.2360  g  of  XC1 1  is  obtained. 
(a)  Calculate  the  atomic  weight  of   the  element  X. 
(b)  Identify  the  element  X. 

3.92  If  1.5  mol  of  each  of  the  following  compounds  is  com- 
pletely combusted  in  oxygen,  which  one  will  produce  the 

largest  number  of  moles  of  H2O?  Which  will  produce 

the  least7  Explain.  C2H5OH,  C3H„,  CH3CH2COCH3 
3.93  A  method  used  by  the  Environmental  Protection 

Agency  (El'A)  for  determining  the  concentration  of 
ozone  in  air  is  to  pass  the  air  sample  through  a  "bub- 

bler" containing  sodium  iodide,  which  removes  the 
ozone  according  to  the  following  equation: 

03(g)  +  2NaI(fl*7)  +  H20(/)   ► 
02(g)  +  Us)  +  2  NaOl  l(aq) 

(a)  I  low  main  moles  of  sodium  iodide  are  needed  to  re- 

move 3.8  •  H)  mol  03?  (b)  How  many  grams  of  sodi- 
um iodide  are  needed  to  remove  0.550  mg  of  03? 

3.94  A  chemical  plant  uses  electrical  energy  to  decompose 
aqueous  solutions  of  NaCl  to  give  Cl2,  H2,  and  NaOl  I: 

2  NaCl(fl^)  +  2  1l:0(l)   » 
2  NaOH(<?</)  -  H2(g)  +  C\2(g) 

If  the  plant  produces  1.5  -  10'1  kg  (1500  metric  tons) 
of  Clo  daily,  estimate  the  quantities  of  ll2  and  N'aOH 
produced. 

3.95  The  fat  stored  in  the  hump  of  a  camel  is  a  source  of  both 
energy  and  water.  Calculate  the  mass  of  H20  produced 
by  metabolism  of  1.0  kg  of  fat,  assuming  the  tat  consists 

entirely  of  tristearin  (C—H  1  inO,,),  a  typical  animal  tat, 
and  assuming  that  during  metabolism,  tristearin  reacts 
with  02  to  form  only  C02  and  H20. 

[3.96|  When  hydrocarbons  are  burned  in  a  limited  amount  of 

air,  both  CO  and  C02  form.  When  0.45(1  g  of  a  particu- 
lar hydrocarbon  was  burned  in  air,  0.4h7  g  of  CO, 

0.733  g  of  C02/  and  0.450  g  of  H20  were  formed. 

Integrative  Exercises 

(These  exercises  require  skills  from  earlier  chapters  as  well  as 
skills  from  the  present  chapter.) 

3.101  Consider  a  sample  of  calcium  carbonate  in  the  form  of 

a  cube  measuring  2.00^  in.  on  each  edge.  If  the  sample- 
has  a  density  of  2.71  g/cm  ,  how  many  oxygen  atoms 
does  it  contain? 

3.102  (a)  You  are  given  a  cube  of  silver  metal  that  measures 
1.000  cm  on  each  edge.  The  density  of  silver  is 
10.49  g/cm  .  How  many  atoms  are  in  this  cube?  (b)  Be- 

cause atoms  are  spherical,  they  cannot  occupy  all  of  the 
space  of  the  cube.  The  silv  er  atoms  pack  in  the  solid  in 
such  a  way  that  74".,  of  the  volume  of  the  solid  is  actual- 

ly filled  with  the  silver  atoms.  Calculate  the  volume  of  a 
single  silver  atom,  (c)  Using  the  volume  of  a  silver  atom 
and  the  formula  for  the  volume  of  a  sphere,  calculate  the 
radius  in  angstroms  of  a  silver  atom. 

3.103  If  an  automobile  trav  els  225  mi  with  a  gas  mileage  of 
20.5  mi/gal,  how  many  kilograms  of  CO:  are  produced? 

(a)  What  is  the  empirical  formula  of  the  compound1 
(b)  How  many  grams  of  02  were  used  in  the  reaction1 
(c)  How  many  grams  would  hav  e  been  required  for 

complete  combustion1 3.97  A  mixture  of  N2(x')  and  H2(g)  reacts  in  a  closed  contain- 
er to  form  ammonia,  NH^y).  The  reaction  ceases  before 

either  reactant  has  been  totally  consumed.  At  this  stage 
2.0  mol  N2,  2.0  mol  H2,  and  2.0  mol  NH3  are  present. 

How  many  moles  of  N2  and  H2  were  present  originalh  1 
|3.98|  A  mixture  containing  KCI03<  K2C03,  KHC03,  and  kC  1 

w  as  heated,  producing  C02,  ©2/  and  H20  gases  accord- 
ing to  the  following  equations: 

2KC10,(s)   >  2kCl(>)  +  3O2(,0 

2  KHC03(s)   ►  K20(>)  +  H20(#)  +  2CO2(,0 

K2C03(s)   ►  K20(s)  +  C02(s) 

The  KCI  does  not  react  under  the  conditions  of  the  reac- 
tion. It  100.0  g  of  the  mixture  produces  1  .SO  g  of  H20, 

13.20  g  of  C02,  and  4.00  g  of  02,  what  w  as  the  composi- 
tion of  the  original  mixture1  (Assume  complete  decom- 

position of  the  mixture.) 
3.99  When  a  mixture  of  10.0  g  of  acetylene  (C2H2)  and  10.0  g 

of  oxygen  (02)  is  ignited,  the  resultant  combustion  reac- 
tion produces  C02  and  H20.  (a)  Write  the  balanced 

chemical  equation  for  this  reaction,  (b)  Which  is  the  lim- 
iting reactant?  (c)  How  many  grams  of  C2H2,  02<  C02, 

and  H20  are  present  after  the  reaction  is  complete1 
3.100  Aspirin  (dllsOj)  is  produced  from  salicylic  acid 

(C7H603)  and  acetic  anhydride  (C4H603): 

C7H603  +  C4H603   *  C,Hs04  +  HC2H  ,02 

(a)  How  much  salicylic  acid  is  required  to  produce 

1.5  •  10"  kg  of  aspirin,  assuming  that  all  of  the  sali- 
cylic acid  is  converted  to  aspirin1  (b)  How  much 

salicylic  acid  would  be  required  if  only  80%  of  the  sali- 

cylic acid  is  converted  to  aspirin1  (c)  What  is  the  theo- 
retical yield  of  aspirin  it  185  kg  of  salicylic  acid  is 

allowed  to  react  w  ith  12^  kg  of  acetic  anhydride?  (d)  If 
the  situation  described  in  part  (c)  produces  182  kg  ol 
aspirin,  w  hat  is  the  percentage  yield? 

Assume  that  the  gasoline  is  composed  of  octane, 
C«H|,S(/),  whose  density  is  0.69  g/mL. 

3.104  In  lKro  a  chemist  reported  that  he  had  reacted  a 
weighed  amount  of  pure  silver  w  ith  nitric  acid  and 
had  recovered  all  the  silver  as  pure  silv  er  nitrate.  I  he 
mass  ratio  ot  silver  to  silver  nitrate  was  found  to  be 

0.634985.  Using  only  this  ratio  and  the  presently  ac- 
cepted values  tor  the  atomic  weights  of  silv  er  and  oxy- 

gen, calculate  the  atomic  weight  ol  nitrogen.  Compare 
this  calculated  atomic  weight  with  the  current!)  a< 

cepted  value. 
3.105  A  particular  coal  contains  2.5%  sulfur  by  mass.  When 

this  coal  is  burned,  the  sulfur  is  converted  into  sulfur 
dioxide  gas.  The  sulfur  dioxide  reacts  with  calcium 
oxide  to  form  solid  calcium  sulfite,  (a)  Write  the  bal- 

anced chemical  equation  for  the  reaction  (b)  ll  the 
coal  is  burned  in  a  power  plant  that  uses  2000  tons  of 
coal  per  day,  what  is  the  daily  prodin  tion  ol  calcium 

sulfite1 
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3.106  Copper  is  an  excellent  electrical  conductor  widely  used  in 
making  electric  circuits.  In  producing  a  printed  circuit 
board  for  the  electronics  industry,  a  layer  of  copper  is  lam- 

inated on  a  plastic  board.  A  circuit  pattern  is  then  printed 
on  the  board  using  a  chemically  resistant  polymer.  The 
board  is  then  exposed  to  a  chemical  bath  that  reacts  with 
the  exposed  copper,  leaving  the  desired  copper  circuit, 
which  has  been  protected  by  the  overlaying  polymer.  Fi- 

nally, a  solvent  removes  the  polymer.  One  reaction  used  to 
remove  the  exposed  copper  from  the  circuit  board  is 

Cu(.s)  +  Cu(NH,)4CN(<;(/)  +  4  NH3(flt/)   > 

2  Cu(NH3)4Cl(fl<7) 

A  plant  needs  to  produce  5000  circuit  boards,  each 
with  a  surface  area  measuring  2.0  in.  x  3.0  in.  The 
boards  are  covered  w  ith  a  0.65-mm  layer  of  copper.  In 
subsequent  processing,  85%  of  the  copper  is  remov  ed. 

Copper  has  a  density  of  8.96  g/cm3.  Calculate  the 
masses  of  Cu(NH04CI2  and  NFF,  needed  to  produce 

the  circuit  boards,  assuming  that  the  reaction  used 

gives  a  97"'..  yield. 3.107  Hydrogen  cyanide,  HCN,  is  a  poisonous  gas.  The  lethal 
dose  is  approximately  300  mg  HCN  per  kilogram  of  air 
when  inhaled,  (a)  Calculate  the  amount  of  HCN  that 

gives  the  lethal  dose  in  a  small  laboratory  room  measur- 
ing 12  •  15  x  8.0  ft.  The  density  of  air  at  26°C  is 

0.001 18  g/cm3.  (b)  If  the  HCN  is  formed  by  reaction  of 
NaCN  with  an  acid  such  as  1  l2SC)4,  what  mass  of  NaCN 
gives  the  lethal  dose  in  the  room? 

2  NaCN(s)  +  H2S04(fl(7)   ►  Na2S04(^)  +  2  HCN(#) 

(c)  HCN  forms  when  synthetic  fibers  containing  Orion 

or  Acrilan''  burn.  Acrilan"  has  an  empirical  formula  of 
CH2CHCN,  so  HCN  is  50.9%  of  the  formula  by  mass.  A 
rug  measures  12  X  15  ft  and  contains  30  oz  of  Acrilan 
fibers  per  square  yard  of  carpet.  If  the  rug  burns,  will  a 
lethal  dose  of  HCN  be  generated  in  the  room?  Assume 
that  the  yield  of  HCN  from  the  fibers  is  20%  and  that  the 
carpet  is  50%  consumed. 

eMEDIA  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  comes  in  your  Media  Pa  k 

3.108  (a)  Balance  the  three  reactions  available  in  the 

Balancing  Equations  activ  ity  (3. J),  (b)  If,  in  the  case  of 

the  reduction  of  Fe203  you  were  to  multiply  each  coeffi- 
cient in  the  balanced  equation  by  the  same  number, 

would  the  reaction  still  be  balanced?  (c)  Would  it  still  be 

balanced  if  vou  were  to  square  each  coefficient? 

(d)  What  would  the  coefficients  be  in  the  balanced  equa- 
tion if  the  reduction  reaction  produced  carbon  monoxide 

instead  of  carbon  (//oxide? 

3.109  Calculate  the  percentage  composition  of  each  compound 
in  Exercise  3.22.  Use  the  Molecular  Weight  and  Weight 
Percent  activity  (3.3)  to  check  your  answers. 

3.110  Consider  the  reaction  of  zinc  metal  with  hydrochloric 

acid  show  n  in  the  animation  Limiting  Reagent  (3.7). 
(a)  What  would  the  limiting  reagent  have  been  if  100  mg 
of  Zn  had  been  combined  with  2.0  x  10  3  mol  of  HC1? 

(b)  What  volume  of  hydrogen  gas  would  the  reaction 
have  produced?  (c)  For  the  purposes  of  the  limiting 
reagent  experiment  shown  in  the  movie,  why  is  it 
important  that  the  hydrogen  gas  have  a  low  solubility  in 
water?  How  would  the  apparent  yield  of  a  reaction  be 

affected  if  the  ev  olved  gas  were  very  soluble  in  (or  reac- 
ts e  with )  w  ater? 

3.111  Write  the  balanced  equation  and  predict  the  masses  of 

products  and  remaining  reactant  for  each  of  the  follow- 
ing combinations.  Use  the  Limiting  Reagents  (3.7)  ac- 

tivity to  check  your  answers,  (a)  50  g  Pb(NO-02  ar|d  55  g 
K2Cr04  to  form  PbCr04  and  KN03:  (b)  150  g  FeCl2  and 
125  g  Na2S  to  form  FeS  and  NaCl;  (c)  96  g  Ca(N03)2  and 
62  g  Na2C03  to  form  CaC03  and  NaN03. 

3.112  (a)  In  the  reaction  between  FeCl3  and  NaOH  to  produce 
Fe(OH)3  and  NaCl,  what  mass  of  sodium  hydroxide 
would  be  required  to  completely  consume  50  g  of 
iron(III)  chloride?  (b)  Use  the  Limiting  Reagents  activity 
(3.7)  to  combine  50  g  FeCl3  with  as  close  as  you  can  get  to 
the  stoichiometric  amount  of  sodium  hydroxide,  making 
sure  that  you  add  enough  to  completely  consume  the 
FeCh.  How  much  sodium  hydroxide  is  left  over? 
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eLABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  and  skills 
for  this  chapter  in  the  simulated  laborator)  of  Virtual  ChemLab. 
Worksheets  for  each  of  these  exercises  are  found  in  the  Virtual 

ChemLab  Workbook  in  your  MediaPak. 

3.113  (VCL  3-1)  Counting  Atoms 
It  is  a  common  problem  for  students  to  be  asked  to  calcu- 

late the  number  ot  atoms  in  a  pure  elemental  material  or 
compound,  given  the  mass  ol  the  sample.  In  tins  problem 
you  will  go  into  the  \  irtual  laboratory,  retrieve  a  sample  of 
gold  (Au),  use  an  analytical  balance  to  measure  its  mass, 
and  then  calculate  the  number  ot  atoms  in  the  sample. 

3.114  (VCL  3-2)  Counting  Moms 
In  this  problem  you  will  go  into  the  \  irtual  laboratory,  re- 

trieve a  sample  ol  lead  (Pb)  and  ol  uranium  (U),  use  an  an- 
alytical balance  to  measure  the  mass  of  eac  h  sample,  and 

then  calculate  the  number  of  atoms  in  eat  h  sample. 
3.115  (VCL  3-3)  Counting  Moms 

In  this  problem  you  will  go  into  the  virtual  laboratory; 
retrieve  samples  ol  erbium  (Er),  sodium  (Na),  tungsten 

(W),  and  a  fourth  sample  ol  your  i  hoi<  e;  use  an  analyti- 
cal balance  to  measure  the  mass  ol  each  sample;  and 

then  calculate  the  number  ol  atoms  in  each  sample. 
3.116  (VCL  .3-4;  Counting  Molecules 

In  this  problem  you  w  ill  go  into  the  virtual  laborator) 
and  retrieve  a  bottle  ol  NaCl,  w  eigh  out  approximate!) 
1  g  of  the  sample  on  an  anal)  tical  balance,  and  then  c  al- 
culate  the  number  of  atoms  of  \a  and  (_  I  in  the  sample. 

3.117  (VCL  3-3)  Counting  Molecules 
In  this  problem  you  will  go  into  the  \  irtual  laboraton 
and  retrieve  a  bottle  ol  sugar,  weigh  out  approximately 

I  g  ol  the  sample  on  an  analytical  balance,  and  then  cal- 
culate the  number  ol  atoms  of  C,  1 1,  and  O  in  the  sam- 

ple. You  w  ill  also  repeat  this  w  ith  a  bottle  of  \l  I4C  I. 
3.118  (VCL  3-6)  Counting  Protons,  Neutrons,  ami  Electrons 

In  this  problem  you  w  ill  enter  the  virtual  laboraton  and 
weigh  out  an  isotopically  pure  sample  ot  scandium 

(4^Sc),  calculate  the  number  ot  moles  m  the  sample, 
and  then  calculate  the  number  ot  protons,  neutrons,  and 
electrons. 

3.119  (VCL  3-7)  Counting  Protons,  Neutrons,  and  Electrons 
In  this  problem  you  w  ill  enter  the  virtual  laboratory  and 
weigh  out  an  isotopically  pure  sample  ol  bismuth 
(  Bi),  calculate  the  number  ot  moles  in  the  sample, 
and  then  calculate  the  number  ol  protons,  neutrons,  and 

electrons  in     Bi "  . 
3.120  (VCL  3-8)  Writing  Balanced  Precipitation  Reactions 

It  is  an  important  skill  that  students  be  able  to  write  bal- 
anced net  ionic  reactions  tor  reactions  that  are  observed 

in  the  laboratory.  In  this  problem  you  will  go  into  the 
virtual  laboratory  and  perform  a  series  ot  precipitation 

reactions  using  Ag  ,  Pb"  ,  and  Sb  After  observing  the 
reactions,  you  will  write  the  net  ionic  equations  repre- 

senting these  reactions  and  then  balance  them. 



General  Properties 
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4.2  Precipitation  Reactions 

4.3  Acid-Base  Reactions 

4.4  Oxidation-Reduction  Reactions 

4.5  Concentrations  of  Solutions 

4.6  Solution  Stoichiometry 
and  Chemical  Analysis 

WHAT'S  AHEAD 

•  We  begin  by  examining  the  nature 
of  the  substances  dissolved  in  water, 

whether  they  exist  in  water  as  ions, 
molecules,  or  some  mixture  of  the 
two.  This  information  is  necessary  to 
understand  the  nature  of  reactants  in 

aqueous  solutions.  (Section  4.1 ) 
Three  major  types  of  chemical 
processes  occur  in  aqueous  solution: 

•  Precipitation  reactions  are  those  in 
which  soluble  reactants  yield  an 
insoluble  product.  (Section  4.2) 

•  Acid-base  reactions  are  those  in 

which  H  '  ions  are 
transferred  between 
reactants.  (Section  4.3) 

•  Oxidation-reduction 
reactions  are  those  in 
which  electrons  are 
transferred  between  ^ 
reactants.  (Section  4.4) 

•  Reactions  between  ions 
can  be  represented  bv  f\ 

ionic  equations  that  show, 
for  example,  how  ions  can 
combine  to  form 

precipitates,  or  how  they  are 
removed  from  the  solution  or 

changed  in  some  other  way. 

(Section  4.2) 
•  After  examining  the  common 

types  of  chemical  reactions  and 
how  they  are  recognized  and 
described,  we  consider  how  the 
concentrations  of  solutions  can  be 

expressed.  (Section  4.5) 
•  We  conclude  the  chapter  by 

examining  how  the  concepts  of 
stoichiometry  and  concentration  can 
be  used  to  determine  the  amounts  or 
concentrations  of  various  substances. 
(Section  4.6) 

w 

m 
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Aqueous  Reactions 

and  Solution 

Stoichiometry 

THE  WATERS  OF  THE  PACIFIC  OCEAN,  seen  in  this  chapter- 

opening  photograph  of  the  California  coast,  are  part 

of  the  World  Ocean  that  covers  almost  two-thirds 

of  our  planet.  Water  has  been  the  key  to  much  of 

Earth's  evolutionary  history.  Life  itself  almost 
certainly  originated  in  water,  and  the  need  for  water  by  all  forms  of 

ite  has  helped  determine  diverse  biological  structures.  Your  own 

body  is  about  60%  water  by  mass.  We  will  see  repeatedly  through- 
out this  text  that  water  possesses  many  unusual  properties  es- 

sential to  supporting  life  on  Earth. 
I  he  waters  of  the  World  Ocean  may  not  appear  to  be  any 

different  from  those  of  Lake  lahoe  or  the  water  that  flows 

om  your  kitchen  faucet,  but  a  taste  of  seawater  is  all  it 

takes  to  demonstrate'  that  there  is  an  important  differ- 
ence. Water  has  an  exceptional  ability  to  dissolve  a 

wide   variety   of   substances.   Water   in   nature — 
whether  it  is  drinking  water  from  the  tap,  water 

I        from  a  clear  mountain  stream,  or  seawater — 
w         invariably  contains  a  variety  ot  dissolved  sub- 
ti,r  stances.    Solutions    in    which    water    is  the 

dissolv  ing  medium  are  called  aqueous  solu- 
tions. Seawater  differs  from  what  we  call 

"freshwater"  in  having  a  much  higher 
total  concentration  ot  dissolved  ionic 
substances. 

Water  is  the  medium  tor  most  of 
the  chemical   reactions   that  take 

place  within  us  and  around  us. 
Nutrients  dissolved  in  blood  are 

carried  to  our  cells,  where  they 

enter  into  reactions  that  help 

keep  us  alive.  Automobile 
parts  rust  when  they  come 

^        into     frequent  contact 

with  aqueous  soluti 
that  contain  various 

the  California  coastline. 
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▲  Figure  4.1    Limestone  cave.  When  C02 
dissolves  in  water,  the  resulting  solution  is  slightly 
acidic.  Limestone  caves  are  formed  by  the 
dissolving  action  of  this  acidic  solution  acting 
on  CaC03  in  the  limestone. 

ANIMATION 
Electrolytes  and  Nonelectrolytes 

dissolved  substances.  Spectacular  limestone  caves  (Figure  4.1  <)  are  formed  by 
the  dissolving  action  of  underground  water  containing  carbon  dioxide, C02(aq): 

CaCCMs)  +  H20(7)  +  C02(aq) 
Ca(HC03)2(a<7) 

[4.1] 

We  saw  in  Chapter  3  a  few  simple  types  of  chemical  reactions  and  how  they 
are  described.  In  this  chapter  we  continue  to  examine  chemical  reactions  by  fo- 

cusing on  aqueous  solutions.  A  great  deal  of  important  chemistry  occurs  in 
aqueous  solutions,  and  we  need  to  learn  the  vocabulary  and  concepts  used  to 
describe  and  understand  this  chemistry.  In  addition,  we  will  extend  the  con- 

cepts of  stoichiometry  that  we  learned  in  Chapter  3  by  considering  how  solu- 
tion concentrations  can  be  expressed  and  used. 

4.1  |  General  Properties  of  Aqueous  Solutions  

A   solution    is   a    homogeneous    mixture    of   two   or   more  substances. 
The  substance  present  in  greatest  quantity  is  usually  called 

the  solvent.  The  other  substances  in  the  solution  are  known  as  the  solutes;  they 
are  said  to  be  dissolved  in  the  solvent.  When  a  small  amount  of  sodium  chlo- 

ride (NaCl)  is  dissolved  in  a  large  quantity  of  water,  for  example,  the  water  is 
the  solvent  and  the  sodium  chloride  is  the  solute. 

Electrolytic  Properties 

Imagine  preparing  two  aqueous  solutions — one  by  dissolving  a  teaspoon  of 
table  salt  (sodium  chloride)  in  a  cup  of  water  and  the  other  by  dissolving  a  tea- 

spoon of  table  sugar  (sucrose)  in  a  cup  of  water.  Both  solutions  are  clear  and 

colorless.  How  do  they  differ?  One  way,  which  might  not  be  immediately  obvi- 
ous, is  in  their  electrical  conductivity:  The  salt  solution  is  a  good  conductor  of 

electricity,  whereas  the  sugar  solution  is  not. 
Whether  or  not  a  solution  conducts  electricity  can  be  determined  by  using 

a  device  such  as  that  shown  in  Figure  4.2  ►.  To  light  the  bulb,  an  electric  current 
must  flow  between  the  two  electrodes  that  are  immersed  in  the  solution.  Al- 

though water  itself  is  a  poor  conductor  of  electricity,  the  presence  of  ions  caus- 
es aqueous  solutions  to  become  good  conductors.  Ions  carry  electrical  charge 

from  one  electrode  to  the  other,  completing  the  electrical  circuit.  Thus,  the  con- 
ductivity of  NaCl  solutions  indicates  the  presence  of  ions  in  the  solution,  and 

the  lack  of  conductivity  of  sucrose  solutions  indicates  the  absence  of  ions. 

When  NaCl  dissolves  in  water,  the  solution  contains  Na+  and  Cl~  ions,  each 
surrounded  by  water  molecules.  When  sucrose  (C^F^On)  dissolves  in  water, 
the  solution  contains  only  neutral  sucrose  molecules  surrounded  by  water 
molecules. 

A  substance  (such  as  NaCl)  whose  aqueous  solutions  contain  ions  is  called 

an  electrolyte.  A  substance  (such  as  C^F^On)  that  does  not  form  ions  in  solu- 
tion is  called  a  nonelectrolyte.  The  difference  between  NaCl  and  C12H22O11 

arises  largely  because  NaCl  is  ionic,  whereas  C^F^On  is  molecular. 

Ionic  Compounds  in  Water 

Recall  from  Section  2.7  and  especially  Figure  2.23  that  solid  NaCl  consists  of  an  or- 

derly arrangement  of  Na+  and  CP  ions.  When  NaCl  dissolves  in  water,  each  ion 
separates  from  the  solid  structure  and  disperses  throughout  the  solution  as  shown 
in  Figure  4.3(a)  ►.  The  ionic  solid  dissociates  into  its  component  ions  as  it  dissolves. 

Water  is  a  very  effective  solvent  for  ionic  compounds.  Although  water  is 
an  electrically  neutral  molecule,  one  end  of  the  molecule  (the  O  atom)  is  rich 

in  electrons  and  thus  possesses  a  partial  negative  charge,  denoted  by  S-. 



4. 1         General  Properties  of  Aqueous  Solutions 

ELECTROLYTIC  PROPERTIES 

One  unn/  to  differentiate  two  aqueous  solutions  is  to  employ  a  device  that  measures  their  electrical 
conductivities.  The  ability  of  a  solution  to  conduct  electricity  depends  on  the  number  of  ions  it 

contains.  An  electrolyte  solution  contains  ions  that  serve  as  charge  carriers, 

causing  the  bulb  to  light. 

▲  Figure  4.2   Measuring  ion  concentrations  using  conductivity. 

9 GIVE  IT  SOME  THOUGHT 

The  other  end  (the  H  atoms)  has  a  partial  positiv  e  charge,  denoted  by  8+.  Posi- 
tive ions  (cations)  are  attracted  by  the  negative  end  of  bPO,  and  negative  ions 

(anions)  are  attracted  bv  the  positiv  e  end. 

As  an  ionic  compound  dissolves,  the  ions  become  surrounded  bv  H^O  mol- 
ecules as  shown  in  Figure  4.3(a).  The  ions  are  said  to  be  solvated.  I  he  solvation  0  . 

process  helps  stabilize  the  ions  in  solution  and  prevents  cations  and  anions 

from  recombining.  Furthermore,  because  the  ions  and  their  shells  of  surround- 
ing water  molecules  are  free  to  move  about,  the  ions  become  dispersed  uni- 

formly throughout  the  solution. 
We  can  usually  predict  the  nature  of  the  ions  present  in  a  solution  of  an  ionic 

compound  from  the  chemical  name  of  the  substance.  Sodium  sulfate  (Na2SOt), 

for  example,  dissociates  into  sodium  ions  (Na  )  and  sulfate  ions  (SQ4:  ).  You 
must  remember  the  formulas  and  charges  of  common  ions  (Tables  2.4  and  2.5)  to 

understand  the  forms  in  which  ionic  compounds  exist  in  aqueous  solution. 

What  dissolved  species  are  present  in  a  solution  of  (a)  KCN,  (b)  NaCl04" 
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(b) 

Molecular  Compounds  in  Water 

When  a  molecular  compound  dissolves  in  water,  the  solution  usually  consists 

of  intact  molecules  dispersed  throughout  the  solution.  Consequently',  most 
molecular  compounds  are  nonelectrolytes.  As  we  have  seen,  table  sugar  (su- 

crose) is  an  example  of  a  nonelectrolyte.  As  another  example,  a  solution  of 
methanol  (CH3OH)  in  water  consists  entirely  of  CH3OH  molecules  dispersed 
throughout  the  water  [Figure  4.3(b)]. 

There  are,  however,  a  few  molecular  substances  whose  aqueous  solutions 
contain  ions.  The  most  important  of  these  are  acids.  For  example,  when  HCl(g) 

dissolves  in  water  to  form  hydrochloric  acid,  HCl(aq),  it  ionizes;  that  is,  it  disso- 

ciates into  H'(aq)  and  Q\~{aq)  ions. 

(a) 

▲  Figure  4.3   Dissolution  in  water. 
(a)  When  an  ionic  compound  dissolves  in  water, 
H20  molecules  separate,  surround,  and  disperse 
the  ions  into  the  liquid,  (b)  Methanol,  CH5OH,  a 
molecular  compound,  dissolves  without  forming 
ions.  The  methanol  molecules  can  be  found  by 
looking  for  the  black  spheres,  which  represent 
carbon  atoms.  In  both  parts  (a)  and  (b)  the  water 
molecules  have  been  moved  apart  so  the  solute 
particles  can  be  seen  more  clearly. 

ANIMATION 
Dissolution  of  NaCI  in  Water 

MOVIE 
Strong  and  Weak  Electrolytes 

Strong  and  Weak  Electrolytes 

Strong  and  Weak  Electrolytes 

There  are  two  categories  of  electrolytes,  strong  and  weak,  which  differ  in  the  ex- 
tent to  which  they  conduct  electricity.  Strong  electrolytes  are  those  solutes  that 

exist  in  solution  completely  or  nearly  completely  as  ions.  Essentially  all  soluble 
ionic  compounds  (such  as  NaCI)  and  a  few  molecular  compounds  (such  as 

HC1)  are  strong  electrolytes.  Weak  electrolytes  are  those  solutes  that  exist  in  so- 
lution mostly  in  the  form  of  molecules  with  only  a  small  fraction  in  the  form  of 

ions.  For  example,  in  a  solution  of  acetic  acid  (HC2H3O2)  most  of  the  solute  is 

present  as  HC2H3O2  molecules.  Only  a  small  fraction  (about  1%)  of  the 

HC2H3O2  is  present  as  H+(aq)  and  C2li302^(aq)  ions. 
We  must  be  careful  not  to  confuse  the  extent  to  which  an  electrolyte  dis- 

solves with  whether  it  is  strong  or  weak.  For  example,  HC2H3O2  is  extremely 
soluble  in  water  but  is  a  weak  electrolyte.  Ba(OH)2,  on  the  other  hand,  is  not 

very  soluble,  but  the  amount  of  the  substance  that  does  dissolve  dissociates  al- 
most completely,  so  Ba(OH)2  is  a  strong  electrolyte. 

When  a  weak  electrolyte  such  as  acetic  acid  ionizes  in  solution,  we  write 
the  reaction  in  the  following  manner: 

HC2H302{aq)         H+(aq)  +  C2H302~(aq) [4.2] 
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The  double  arrow  means  that  the  reaction  is  significant  in  both  directions. 

At  any  given  moment  some  HC^hh.CK  molecules  are  ionizing  to  form  H 

and  CoH^Ot  .  At  the  same  time,  H  *  and  C2H3O2  ions  are  recombining  to 
form  HC^bhOn-  The  balance  between  these  opposing  processes  determines 
the  relative  numbers  of  ions  and  neutral  molecules.  I  bis  balance  produces  a 

state  of  chemical  equilibrium  that  varies  from  one  weak  electrolyte  to  an- 
other. Chemical  equilibria  are  extremely  important,  and  we  will  devote 

Chapters  15-17  to  examining  them  in  detail. 
Chemists  use  a  double  arrow  to  represent  the  ionization  of  weak  elec- 

trolytes and  a  single  arrow  to  represent  the  ionization  of  strong  electrolytes,  be- 
cause HCI  is  a  strong  electrolyte,  we  write  the  equation  tor  the  ionization  of 

HCI  as  follows: 

IK l(aq)  «  1 1 ' (//(/)  *  CI  Uuj)  [4.3] 

The  absence  of  a  reverse  arrow  indicates  that  the  1 1   and  CI   ions  have  no  ten- 

dency to  recombine  in  water  to  form  I ICI  molecules. 
In  the  sections  ahead  we  w  ill  begin  to  look  more  closely  at  how  we  can  use 

i  the  composition  of  a  compound  to  predict  w  hether  it  is  a  strong  electrolyte, 

•  weak  electrolyte,  or  nonelectrolyte.  lor  the  moment,  it  is  important  onlv  to  re- 
1  member  that  soluble  ionic  compounds  are  strong  electrolytes.  We  identify  ionic 
compounds  as  being  ones  composed  of  metals  and  nonmetals  [such  as  NaCI, 

FeSO.4,  and  Al(NO-ih),  or  compounds  containing  the  ammonium  ion,  NH4' 
[such  as  NH4Br  and  (NH4)2C03]. 

Q    GIVE  IT  SOME  THOUGHT 

Which  solute  will  cause  the  lightbulb  in  the  experiment  shown  in  Figure  4.2  to  glow 
more  brightly,  CH3OH  or  MgBr2? 

SB  SAMPLE  EXERCISE  4.1  |  Relating  Relative  Numbers  of  Anions  and  Cations  to 
Chemical  Formulas 

The  diagram  on  the  right  represents  an  aqueous  solution  el  one  of  the  following  com- 
pounds: MgCb,  KC1,  or  K2SO4.  Which  solution  dees  it  best  represent? 

Solution 

Analyze:  We  are  asked  to  associate  the  charged  spheres  in  the  diagram  with  ions  pre- 
sent in  a  solution  of  an  ionic  substance. 

Plan:  We  examine  the  ionic  substances  given  in  the  problem  to  determine  the  rela- 
tive numbers  and  charges  of  the  ions  that  each  contains.  We  then  correlate  these 

charged  ionic  species  with  the  ones  shown  in  the  diagram. 
Solve:  The  diagram  shows  twice  as  many  cations  as  anions,  consistent  with  the  for- 

mulation K2SQ4. 
Check:  Notice  that  the  total  net  charge  in  the  diagram  is  zero,  as  it  must  he  if  it  is  to 
represent  an  ionic  substance. 

■i  PRACTICE  EXERCISE 

If  you  were  to  draw  diagrams  (such  as  that  shown  on  the  right)  representing  aque- 
ous solutions  of  each  of  the  following  ionic  compounds,  how  main  anions  would 

you   show   if   the  diagram   contained   six   cations1   (a)  NiS04,   (b)  Gi(NOih, 
(c)  Na3P04,  (d)  A12(S04)3 
Answers:  (a)  6,  (b)  12,  (c)  2,  (d)  4 

+ 

2_ 

+ 

9  9 

+ 

+ 
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4.2  I  Precipitation  Reactions 

Precipitation  Reactions 

MOVIE 
Precipitation  Reactions 

Figure  4.4  A  Precipitation  Reaction. 

Figure  4.4  ▼  shows  two  clear  solutions  being  mixed,  one  containing  lend  nitrate 

[Pb(NCh)2]  and  the  other  containing  potassium  iodide  (KI).  The  reaction  be- 
tween these  two  solutes  produces  an  insoluble  yellow  product.  Reactions  that 

result  in  the  formation  of  an  insoluble  product  are  known  as  precipitation  reac- 
tions. A  precipitate  is  an  insoluble  solid  formed  by  a  reaction  in  solution.  In 

Figure  4.4  the  precipitate  is  lead  iodide  (Pbh),  a  compound  that  has  a  very  low 
solubility  in  water: 

Pb(NCh)2(<7(/)  +  2  K\Uiq) Pbl2(s)  +  2  KNO,(i?i/) 
[4.4] 

The  other  product  of  this  reaction,  potassium  nitrate,  remains  in  solution. 
Precipitation  reactions  occur  when  certain  pairs  of  oppositely  charged  ions 

attract  each  other  so  strongly  that  they  form  an  insoluble  ionic  solid.  To  predict 

whether  certain  combinations  of  ions  form  insoluble  compounds,  we  must  con- 
sider some  guidelines  concerning  the  solubilities  of  common  ionic  compounds. 

PRECIPITATION  REACTION 

Reactions  that  result  in  the  formation  of  an  insoluble  product  are  known  (?s  precipitation  reactions. 

2  Kl(aq) 

I  he  addition  of  <i  colorless 
solution  cl  potassium  iodide  (KI) 

to  a  colorless  solution  of 
lead  nitrate 

2  KN03(rt</) 

produces  a  yellow  precipitate  of 
lead  iodide  (PbN)  that  slowly 

settles  to  the  bottom  of  the  beaker. 
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I  TABLE  4.1    Solubility  Guidelines  for  Common  Ionic  Compounds  in  Water  1 

Soluble  Ionic  Compounds Important  Exceptions 

C t ini  rw  ii  i ni  i s  i  <  >n t ,1 1  n  i  i"Hr     MC ")  -» None 

C2H3(  >2 None 

CI Compounds  of  Ag  ,  Hg22+,  and  Pb  1 
Br Compounds  of  Ag  ,  1  Ig2   ,  and  Pb~ 1 

Compounds  of  Ag+,  Hg22  ,  and  Pb 
T   f\mn/Minrlc  nf  Cr^      I^i-      III*-,-       "i  n  H  I  ~ v_  \Ji  1 1  LH  '111  ILO  *'l             ,  Uil      ,  1  I     ̂       ,  ullCl   I  L' 

Insoluble  Ionic  Compounds Important  Exceptions 

Compounds  containing  S 
Compounds  ol  NH4 ' ,  the  alkali  metal 

cations,  and  Ca   ,Sr  ,  and  Ba~ COf 
Compounds  of  NH4   and  the  alkali  metal 

t.  ations 

po4  1 

Compounds  ol  \  ll|    and  the  alkali  metal 
cations 

OH Compounds  ol  the  alkali  metal  cations, 

and  NH4+, Ca2+, Sr2+, and  Ba: 

Solubility  Guidelines  for  Ionic  Compounds 

The  solubility  ot  a  substance  at  a  given  temperature  is  the  amount  of  that  sub- 
stance that  can  be  dissolved  in  a  given  quantity  of  solvent  at  that  temperature. 

For  instance,  only  1.2  ■  10  '  mol  of  Pbh  dissolves  in  a  liter  of  water  at  25  C.  In 
our  discussions  any  substance  with  a  solubility  less  than  0.01  mol  L  will  be  re- 

ferred to  as  insoluble.  In  those  eases  the  attraction  between  the  oppositely 
charged  ions  in  the  solid  is  too  great  for  the  water  molecules  to  separate  them  to 
any  significant  extent,  and  the  substance  remains  largely  undissolved. 

Unfortunately  there  are  no  rules  based  on  simple  physical  properties  such  )  activity 

as  ionic  charge  to  guide  us  in  predicting  whether  a  particular  ionic  compound  \  /  Ionic  Compounds 
will  be  soluble.  Experimental  observations,  however,  have  led  to  guidelines  for 
predicting  solubility  for  ionic  compounds.  For  example,  experiments  show  that 
all  common  ionic  compounds  that  contain  the  nitrate  anion,  NO-  ,  are  soluble 
in  water.  Table  4. 1  ▲  summarizes  the  solubility  guidelines  for  common  ionic 

compounds.  The  table  is  organized  according  to  the  anion  in  the  compound, 
but  it  reveals  many  important  facts  about  cations.  Note  that  all  common  ionic 

compounds  of  the  alkali  metal  ions  (group  IA  of  the  periodic  table)  and  of  the  ammoni- 

um ion  (NH4+)  are  soluble  in  water. 

Wm  SAMPLE  EXERCISE  4.2  |  Using  Solubility  Rules 

Classify  the  following  ionic  compounds  as  soluble  or  insoluble  in  water:  (a)  sodium 
carbonate  (Na2C03),  (b)  lead  sulfate  (PbS04). 

Solution 

Analyze:  We  are  given  the  names  and  formulas  of  two  ionic  compounds  and  asked 
to  predict  whether  they  are  soluble  or  insoluble  in  water. 
Plan:  We  can  use  Table  4.1  to  answer  the  question.  I  hus,  we  need  to  locus  on  the 
anion  in  each  compound  because  the  table  is  organized  by  anions. 
Solve:  (a)  According  to  Table  4.1,  most  carbonates  are  insoluble,  but  carbonates  of 
the  alkali  metal  cations  (such  as  sodium  ion)  are  an  exc  eption  to  this  rule  and  are  sol- 

uble. Thus,  Na2CCh  is  soluble  in  water. 
(b)  Table  4.1  indicates  that  although  most  sulfates  are  water  soluble,  the  sulfate 

of  Pb~+  is  an  exception.  Thus,  PbS04  is  insoluble  in  water. 
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mW  PRACTICE  EXERCISE 

Classify  the  following  compounds  as  soluble  or  insoluble  in  water:  (a)  cobalt(II)  hy- 
droxide, (b)  barium  nitrate,  (c)  ammonium  phosphate. 

Answers:  (a)  insoluble,  (b)  soluble,  (c)  soluble 

To  predict  whether  a  precipitate  forms  when  we  mix  aqueous  solutions  of 
two  strong  electrolytes,  we  must  (1)  note  the  ions  present  in  the  reactants, 
(2)  consider  the  possible  combinations  of  the  cations  and  anions,  and  (3)  use 
Table  4.1  to  determine  if  any  of  these  combinations  is  insoluble.  For  example, 
will  a  precipitate  form  when  solutions  of  Mg(NO,)2  and  NaOH  are  mixed?  Both 

Mg(NO-02  and  NaOH  are  soluble  ionic  compounds,  and  they  are  both  strong 
electrolytes.  Mixing  Mg(NO-,);>(rt</)  and  NaOHfm/)  first  produces  a  solution  con- 

taining Mg2+,  NO,  ,  Na+,  and  OH  ions.  Will  either  of  the  cations  interact  with 
either  of  the  anions  to  form  an  insoluble  compound?  In  addition  to  the  reac- 

tants, the  other  possible  interactions  are  Mg2'  with  OH  and  Naf  with  NO,-. 
From  Table  4.1  we  see  that  hydroxides  are  generally  insoluble.  Because  Mg2+  is 
not  an  exception,  Mg(OH)2  is  insoluble  and  will  thus  form  a  precipitate. 

NaNO,,  however,  is  soluble,  so  Na+  and  NO,  will  remain  in  solution.  The  bal- 
anced equation  for  the  precipitation  reaction  is 

Mg(N03)2H)  +  2  NaOH(a^)  »  Mg(OH)2(s)  +  2  NaN03(^)  [4.5] 

Exchange  (Metathesis)  Reactions 

Notice  in  Equation  4.5  that  the  cations  in  the  two  reactants  exchange 

anions — Mg~"  ends  up  with  OH~,  and  Na*  ends  up  with  NO,  .  The  chemical 

formulas  of  the  products  are  based  on  the  charges  of  the  ions — two  OH~  ions 
are  needed  to  give  a  neutral  compound  with  Mg2",  and  one  NO,  ion  is 
needed  to  give  a  neutral  compound  with  Na+.  It  is  only 
after  the  chemical  formulas  of  the  products  have  been  determined  that  the 

equation  can  be  balanced. 
Reactions  in  which  positive  ions  and  negative  ions  appear  to  exchange 

partners  conform  to  the  following  general  equation: 

AX  +  BY   >  AY  +  BX  [4.6] 

Example:  \gN03(aq)  +  KC\{aq)   ►  AgCl(s)  +  KN03(aq) 

Such  reactions  are  known  as  exchange  reactions,  or  metathesis  reactions  (meh- 

TATH-eh-sis,  which  is  the  Greek  word  for  "to  transpose").  Precipitation  reac- 
tions conform  to  this  pattern,  as  do  many  acid-base  reactions,  as  we  will  see  in 

Section  4.3. 

To  complete  and  balance  a  metathesis  equation,  we  follow  these  steps: 

1.  Use  the  chemical  formulas  of  the  reactants  to  determine  the  ions  that  are 

present. 2.  Write  the  chemical  formulas  of  the  products  by  combining  the  cation  from 

one  reactant  with  the  anion  of  the  other.  (Use  the  charges  of  the  ions  to  de- 
termine the  subscripts  in  the  chemical  formulas.) 

3.  Finally,  balance  the  equation. 

■■  SAMPLE  EXERCISE  4.3  |  Predicting  a  Metathesis  Reaction 

(a)  Predict  the  identity  of  the  precipitate  that  forms  when  solutions  of  BaC\2  and 

K2SO4  are  mixed. 
(b)  Write  the  balanced  chemical  equation  for  the  reaction. 



Solution 

Analyze:  We  are  given  two  ionic  reactants  and  asked  to  predict  the  insoluble  product 
that  they  form. 
Plan:  We  need  to  write  down  the  ions  present  in  the  reactants  and  to  exchange  the 
anions  between  the  two  cations.  Once  we  have  written  the  chemical  formulas  for 

these  products,  we  can  use  Table  4.1  to  determine  which  is  insoluble  in  water.  Know- 
ing the  products  also  allows  us  to  write  the  equation  for  the  reaction. 

Solve:  (a)  The  reactants  contain  Ba:  ,  CI  ,  k  ,  and  S04:  ions.  It  we  exchange  the 
anions,  we  will  have  BaSOt  and  kCI.  According  to  lable  4.1,  most  compounds  of 

SO42  are  soluble  but  those  of  Ba2  are  not.  Thus,  BaSO^  is  insoluble  and  will  precip- 
itate from  solution.  KCI,  on  the  other  hand,  is  soluble. 
(b)  From  part  (a)  we  know  the  chemical  formulas  of  the  products,  BaSO(  and 

KCI.  The  balanced  equation  with  phase  labels  shown  is 

BaCl2H)  +  K2SO, (aq)   »  BaS04(s)  +  2  KCl(-;<?) 

BB  PRACTICE  EXERCISE 

(a)  What  compound  precipitates  when  solutions  of  le^SOjh  and  LiOH  are  mixed1 
(b)  Write  a  balanced  equation  for  the  reaction,  (c)  Will  a  precipitate  form  when  solu- 

tions of  Ba(NO,h  and  KOI  I  are  mixed1 
Answers:  (a)Fe(OH)3;  (b)  Fe2(S04) ,(,/,/)  •  6  LiOHfm/)   ►  2  Fe(OH)3(s)  + 
3  Li2S04(m/);  (c)  no  (both  possible  products  are  water  soluble) 

Ionic  Equations 

In  writing  chemical  equations  tor  reactions  in  aqueous  solution,  it  is  often  use- 
fu1  to  indicate  explicitly  whether  the  dissolved  substances  are  present  predom- 

inantly as  ions  or  as  molecules.  Let's  reconsider  the  precipitation  reaction 
J  between  Pb(NO-;)2  and  2  Kl,  shown  previously  in  Figure  4.4: 

Pb(N03)2(<77)  *  2  KI(<?<7)  •  Pbl2(s)  *  2  KN03(^) 

An  equation  written  in  this  fashion,  showing  the  complete  chemical  formulas 
of  the  reactants  and  products,  is  called  a  molecular  equation  because  it  show  s 
the  chemical  formulas  of  the  reactants  and  products  without  indicating  their 

ionic  character.  Because  PbfNO-K  Kl,  and  KNO3  are  all  soluble  ionic  com- 
pounds and  therefore  strong  electrolytes,  we  can  write  the  chemical  equation  to 

indicate  explicitly  the  ions  that  are  in  the  solution: 

Pb2+(rt<j)  +  2  NO-5  (aq)  +  2  K'(aq)  +  2  I  (aq)   > 

Pbh(s)  +  2K'm  +  2N03  (aq)  [4.7] 

An  equation  written  in  this  form,  with  all  soluble  strong  electrolytes  shown  as 
ions,  is  known  as  a  complete  ionic  equation 

Notice  that  K' (aq)  and  NO3  (tiq)  appear  on  both  sides  of  Equation  4.7. 
Ions  that  appear  in  identical  forms  among  both  the  reactants  and  products  of 
a  complete  ionic  equation  are  called  spectator  ions.  They  are  present  but  play 

no  direct  role  in  the  reaction.  When  spectator  ions  are  omitted  from  the  equa- 
tion (they  cancel  out  like  algebraic  quantities),  we  are  left  with  the  net  ionic 

equation: 

Pb2+{aq)  +  2  I  {aq)  >  Pbl2(s)  [4.8] 

A  net  ionic  equation  includes  only  the  ions  and  molecules  directly  involved 
in  the  reaction.  Charge  is  conserved  in  reactions,  so  the  sum  of  the  charges  of 
the  ions  must  be  the  same  on  both  sides  of  a  balanced  net  ionic  equation.  In  this 

case  the  2+  charge  of  the  cation  and  the  two  I  -  charges  of  the  anions  add  to 
give  zero,  the  charge  of  the  electrically  neutral  product.  If  even/  ion  in  a  complete 
ionic  equation  is  a  spectator,  then  no  reaction  occurs. 
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Net  ionic  equations  are  widely  used  to  illustrate  the  similarities  between 
large  numbers  of  reactions  involving  electrolytes.  For  example,  Equation  4.8 
expresses  the  essential  feature  of  the  precipitation  reaction  between  any  strong 

electrolyte  containing  Pb2+  and  any  strong  electrolyte  containing  I  :  The 
Pb  (aq)  and  I  (acj)  ions  combine  to  form  a  precipitate  of  Pbl2.  Thus,  a  net  ionic 
equation  demonstrates  that  more  than  one  set  of  reactants  can  lead  to  the  same 

net  reaction.  Aqueous  solutions  of  KI  and  Mgh  share  many  chemical  similari- 

ties because  both  contain  I"  ions.  The  complete  equation,  on  the  other  hand, 
identifies  the  actual  reactants  that  participate  in  a  reaction. 

The  following  steps  summarize  the  procedure  for  writing  net  ionic  equations: 

1.  Write  a  balanced  molecular  equation  for  the  reaction. 

2.  Rewrite  the  equation  to  show  the  ions  that  form  in  solution  when  each  sol- 

uble strong  electrolyte  dissociates  into  its  component  ions.  Only  strong  elec- 

trolytes dissolved  in  aqueous  solution  are  'written  in  ionic  form. 
3.  Identify  and  cancel  spectator  ions. 

Pi 
ACTIVITY 
Writing  a  Net  Ionic  Equation 

MM  SAMPLE  EXERCISE  4.4  |  Writing  a  Net  Ionic  Equation 

Write  the  net  ionic  equation  for  the  precipitation  reaction  that  occurs  when  solutions 
of  calcium  chloride  and  sodium  carbonate  are  mixed. 

Solution 

Analyze:  Our  task  is  to  write  a  net  ionic  equation  for  a  precipitation  reaction,  given 
the  names  of  the  reactants  present  in  solution. 
Plan:  We  first  need  to  write  the  chemical  formulas  of  the  reactants  and  products  and  to 
determine  which  product  is  insoluble.  Then  we  write  and  balance  the  molecular  equation. 
Next,  we  write  each  soluble  strong  electrolyte  as  separated  ions  to  obtain  the  complete 
ionic  equation.  Finally,  we  eliminate  the  spectator  ions  to  obtain  the  net  ionic  equation. 
Solve:  Calcium  chloride  is  composed  of  calcium  ions,  Ca  ,  and  chloride  ions,  CI  ; 
hence  an  aqueous  solution  of  the  substance  is  CaCU(aq).  Sodium  carbonate  is  composed 

of  Na~  ions  and  C03  ions;  hence  an  aqueous  solution  of  the  compound  is  Na2CO^(aq). 
In  the  molecular  equations  for  precipitation  reactions,  the  anions  and  cations  appear  to 

exchange  partners.  Thus,  we  put  Ca_*  and  C03~~  together  to  give  CaCC>3  and  Na"  and CI  together  to  give  \aCI.  According  to  the  solubilitv  guidelines  in  Table  4.1,  CaC03  is 
insoluble  and  NaCl  is  soluble.  The  balanced  molecular  equation  is 

CaChOnj)  +  Na2CCh(rt<j) CaC03(s)  +  2  NaCl(rt<7) 

In  a  complete  ionic  equation,  only  dissolved  strong  electrolytes  (such  as  soluble 
ionic  compounds)  are  written  as  separate  ions.  As  the  (aq)  designations  remind  us, 
CaCb,  NanCO-?,  and  NaCl  are  all  dissolved  in  the  solution.  Furthermore,  they  are 
all  strong  electrolytes.  CaC03  is  an  ionic  compound,  but  it  is  not  soluble.  We  do  not 
write  the  formula  of  any  insoluble  compound  as  its  component  ions.  Thus,  the  com- 

plete ionic  equation  is 

Ca2V?)  +  2  CI  (aq)  +  2  Na+(aq)  +  C032~(aq)   ► 
CaC03(s)  +  2Na"(rt<7)  +  2CT(aq) 

CI  and  Na+  are  spectator  ions.  Canceling  them  gives  the  following  net  ionic  equation: 

Ca2+(aq)  +  C032~(aq)   ►  CaC03(s) 

Check:  We  can  check  our  result  by  confirming  that  both  the  elements  and  the  electric 
charge  are  balanced.  Each  side  has  one  Ca,  one  C,  and  three  O,  and  the  net  charge  on 
each  side  equals  I). 
Comment:  If  none  of  the  ions  in  an  ionic  equation  is  removed  from  solution  or 
changed  in  some  way,  then  they  all  are  spectator  ions  and  a  reaction  does  not  occur. 

■1  PRACTICE  EXERCISE 

Write  the  net  ionic  equation  for  the  precipitation  reaction  that  occurs  when  aqueous 
solutions  of  silver  nitrate  and  potassium  phosphate  are  mixed. 

Answers:  3  Ag  +  (^)  +  P043~(<«7)   >  Ag3P04(s) 
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4.3  I  Acid-Base  Reactions 

Many  acids  and  bases  are  industrial  and  household  substances  (Figure  4.3  ►), 
and  some  are  important  components  ol  biological  fluids.  Hydrochloric  acid,  for 

example,  is  not  only  an  important  industrial  chemical  but  also  the  main  con- 
stituent of  gastric  juice  in  your  stomach.  Acids  and  bases  also  happen  to  be 

common  electrolytes. 

Acids 

Acids  are  substances  that  ionize  in  aqueous  solutions  to  form  hydrogen  ions, 

thereby  increasing  the  concentration  of  1 1  '(</</)  ions.  Because  a  hydrogen  atom 
consists  of  a  proton  and  an  electron,  M  is  simply  a  proton.  Thus,  acids  are  often 

called  proton  donors.  Molecular  models  of  three  common  acids,  HO,  HNO-j, 
and  HC2H3O2,  are  shown  in  the  margin. 

Just  as  cations  are  surrounded  and  bound  by  water  molecules  (see 

Figure  4.3[a]),  the  proton  is  also  solvated  by  water  molecules.  I  he  nature  of  the 

proton  in  water  is  discussed  in  detail  in  Section  lb. 2.  In  writing  chemical  equa- 
tions involving  the  proton  in  water,  we  represent  it  simply  as  II  (aq). 

Molecules  of  different  acids  can  ionize  to  form  different  numbers  of  H 

ions.  Both  HO  and  HNO-  are  monoprotic  acids,  which  yield  one  H  '  per  mole- 
cule of  acid.  Sulfuric  acid,  H2SO4,  is  a  diprotic  acid,  one  that  yields  two  H  per 

molecule  of  acid.  The  ionization  of  fHSO.)  and  other  diprotic  acids  occurs  in 
two  steps: 

H2S04(aq)  -  —  H  '  (aq)  +  HSO4  {aq)  [4.9] 

HS04  (aq)  =  H+(aq)  +  SO42  (aq)  [4.10] 
Although  H2SO4  is  a  strong  electrolyte,  only  the  first  ionization  is  complete. 
Thus,  aqueous  solutions  of  sulfuric  acid  contain  a  mixture  ol  \\  (tiq), 

HS04  '(aq),  and  S042  (aq). 

Bases 

Bases  are  substances  that  accept  (react  with)  1 1    ions.  Bases  produce  hydroxide 

ions  (OH~)  when  they  dissolve  in  w  ater.  Ionic  hydroxide  compounds  such  as 
NaOH,  KOH,  and  Ca(OH>2  are  among  the  most  common  bases.  When  dis- 

solved in  water,  thev  dissociate  into  their  component  ions,  introducing  OH 
ions  into  the  solution. 

Compounds  that  do  not  contain  OH  ions  can  also  be  bases.  For  example, 
ammonia  (NH3)  is  a  common  base.  When  added  to  water,  it  accepts  an  H  ion 
from  the  water  molecule  and  thereby  produces  an  OH    ion  (Figure  4.6  ►): 

NH^m/)  +  H20(/) 
NH4 '  (aq)  +  OH  {aq)  [4.11 

1  forms  NH4  1  and  OH Because  only  a  small  fraction  of  the  NH^  (about 
ions,  ammonia  is  a  weak  electrolyte. 

Strong  and  Weak  Acids  and  Bases 

Acids  and  bases  that  are  strong  electrolytes  (completely  ionized  in  solution)  are 
called  strong  acids  and  strong  bases.  Those  that  are  weak  electrolytes  (partly 
ionized)  are  called  weak  acids  and  weak  bases.  Strong  acids  are  mine  reactive 

than  weak  acids  when  the  reactivity  depends  only  on  the  concentration  of 

H+(aq).  The  reactivity  of  an  acid,  however,  can  depend  on  the  anion  as  well  as 

on  H+(aq).  For  example,  hydrofluoric  acid  (HF)  is  a  weak  acid  (only  partly  ion- 
ized in  aqueous  solution),  but  it  is  very  reactive  and  vigorously  attacks  many 

substances,  including  glass.  This  reactivity  is  due  to  the  combined  action  of 

U+(nq)  and  F  {aq). 

▲  Figure  4.5  Some  common  household 
acids  (left)  and  bases  (right). 
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▲  Figure  4.6   Hydrogen  ion  transfer. 
An  H20  molecule  acts  as  a  proton  donor  (acid), 
and  NH3  as  a  proton  acceptor  (base)  Only  a 
traction  of  the  NH;  reacts  with  H?0,  NHS  is  a 
weak  electrolyte 



TABLE  4.2   Common  Strong  Acids  and  Bases 

Strong  Acids Strong  Bases 

ANIMATION 
Introduction  to  Aqueous  Acids 

ANIMATION 
Introduction  to  Aqueous  Bases 

Hydrochloric,  HC1 

Hydrobromic,  HBr 

Hydroiodic,  HI Chloric,  HCIO3 
Perchloric,  HCIO4 
Nitric,  HN03 
Sulfuric,  H:S04 

Group  1 A  metal  hydroxides  (LiOH,  NaOH,  KOH, 
RbOH,  CsOH) 

Heavy  group  2A  metal  hydroxides 
[Ca(OH)2,  Sr(OH)2,  Ba(OH)2] 

Table  4.2  ▲  lists  the  common  strong  acids  and  bases.  You  should  commit 
these  to  memory.  As  you  examine  this  table,  notice  that  some  of  the  most 

common  acids,  such  as  HC1,  HNOw  and  H2S04,  are  strong.  Three  of  the 

strong  acids  are  the  hydrogen  compounds  of  the  halogen  family.  (HF,  how- 
ever,  is  a  weak  acid.)  The  list  of  strong  acids  is  very  short.  Most  acids  are 

weak.  The  only  common  strong  bases  are  the  hydroxides  of  Li~,  Na+,  K~, 

Rb+,  and  Cs~  (the  alkali  metals,  group  1A)  and  the  hydroxides  of  Ca2+,  Sr2+, 
and  Ba  4  (the  heavy  alkaline  earths,  group  2A).  These  are  the  common  solu- 

ble metal  hydroxides.  Most  other  metal  hydroxides  are  insoluble  in  water. 

The  most  common  weak  base  is  NH3,  which  reacts  with  water  to  form  OH~ 
ions  (Equation  4.11 ). 

0    GIVE  IT  SOME  THOUGHT 

Which  of  the  following  is  a  strong  acid:  H2S03,  HBr,  HC2H302? 

■1  SAMPLE  EXERCISE  4.5  |  Comparing  Acid  Strengths 

The  following  diagrams  represent  aqueous  solutions  of  three  acids  (HX,  HY,  and  HZ) 
with  water  molecules  omitted  for  clarity.  Rank  them  from  strongest  to  weakest. 

HX  HY  HZ 

Solution 
Analyze:  We  are  asked  to  rank  three  acids  from  strongest  to  weakest,  based  on 
schematic  drawings  of  their  solutions. 
Plan:  We  can  examine  the  drawings  to  determine  the  relative  numbers  of  uncharged 

molecular  species  present.  The  strongest  acid  is  the  one  with  the  most  H-  ions  and fewest  undissociated  acid  molecules  in  solution.  The  weakest  is  the  one  with  the 

largest  number  of  undissociated  molecules. 
Solve:  The  order  is  HY  >  HZ  >  HX.  HY  is  a  strong  acid  because  it  is  totally  ionized 
(no  HY  molecules  in  solution),  whereas  both  HX  and  HZ  are  weak  acids,  whose  solu- 

tions consist  of  a  mixture  of  molecules  and  ions.  Because  HZ  contains  more  H~  ions 
and  fewer  molecules  than  HX,  it  is  a  stronger  acid. 
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mm  PRACTICE  EXERCISE 

Imagine  a  diagram  showing  ten  Na '  ions  and  ten  OH  ions.  If  this  solution  were 
mixed  with  the  one  pictured  on  the  prev  ious  page  tor  MY,  what  would  the*  dia- 

gram look  like  that  represents  the  solution  after  any  possible  reaction?  (H  ions 
will  react  with  OH    ions  to  form  H:0.) 
Answer:  The  final  diagram  would  show  ten  Na  ions,  two  OH  ions,  eight  Y  ions, 
and  eight  H20  molecules. 

I  TABLE  4.3  Summary  of  the  Electrolytic  Behavior  of  Common  Soluble  Ionic  and 
I  Molecular  Compounds 

Strong  Electrolyte Weak  Electrolyte Nonelectrolyte 

Ionic All None None 
Molecular Strong  acids  (see  fable  4.2) Weak  acids  (H  . . . ) 

Weak  bases  (Nll  ;) All  other  compounds 

Identifying  Strong  and  Weak  Electrolytes 

If  we  remember  the  common  strong  acids  and  bases  (Table  4.2)  and  also  re- 

member that  NH-j  is  a  weak  base,  we  can  make  reasonable  predictions  about 
the  electrolytic  strength  of  a  great  number  of  water-soluble  substances. 
Table  4.3  ▲  summarizes  our  observations  about  electrolytes.  To  classify  a  sol- 

uble substance  as  a  strong  electrolyte,  weak  electrolyte,  or  nonelectrolyte,  we 
simply  work  our  way  down  and  across  this  table.  We  first  ask  ourselves 

whether  the  substance  is  ionic  or  molecular.  II  it  is  ionic,  it  is  a  strong  elec- 

il  trolyte  because  the  second  column  of  Table  4.3  tells  us  that  all  ionic  com- 
pounds are  strong  electrolytes.  II  the  substance  we  want  to  classify  is 

molecular,  we  ask  whether  it  is  an  acid  or  a  base.  (Does  it  have  H  first  in  the 
chemical  formula?)  If  it  is  an  acid,  we  rely  on  the  memorized  list  from 

Table  4.2  to  determine  whether  it  is  a  strong  or  weak  electrolyte:  All  strong 
acids  are  strong  electrolytes,  and  all  weak  acids  are  weak  electrolytes.  If  an 
acid  is  not  listed  in  Table  4.2,  it  is  probably  a  weak  acid  and  therefore  a  weak 
electrolyte.  For  example,  H^P04,  H:SOw  and  HC;H^Q2  are  not  listed  in 
Table  4.2  and  are  weak  acids.  If  the  substance  we  want  to  classify  is  a  base,  we 
again  turn  to  Table  4.2  to  determine  whether  it  is  one  of  the  listed  strong 

bases.  NH-  is  the  only  molecular  base  that  we  consider  in  this  chapter,  and 
Table  4.3  tells  us  it  is  a  weak  electrolyte.  (There  are  compounds  called  amines 
that  are  related  to  NH~s  and  are  also  molecular  bases,  but  we  will  not  consider 
them  until  Chapter  Id.)  Finally,  any  molecular  substance  that  we  encounter  in 

this  chapter  that  is  not  an  acid  or  Nl  I  -  is  probably  a  nonelectrolyte. 

■  SAMPLE  EXERCISE  4.6  |  Identifying  Strong,  Weak,  and  Nonelectrolytes 

Classify  each  of  the  following  dissolved  substances  as  a  strong  electrolyte,  weak  elec- 
trolyte, or  nonelectrolyte:  CaCb,  HNO-j,  C,HsOH  (ethanol),  HCH02  (formic  acid), 

KOH. 

Solution 

Analyze:  We  are  given  several  chemical  formulas  and  asked  to  classify  each  sub- 
stance as  a  strong  electrolyte,  weak  electrolyte,  or  nonelectrolyte. 

Plan:  The  approach  we  take  is  outlined  in  Table  4.3.  We  can  predict  whether  a  sub- 
stance is  ionic  or  molecular,  based  on  its  composition.  As  we  saw  in  Section  2.7,  most 

ionic  compounds  we  encounter  in  this  text  are  composed  of  a  metal  and  a  nonmetal, 
whereas  most  molecular  compounds  are  composed  only  of  nonmetals. 
Solve:  Two  compounds  fit  the  criteria  for  ionic  compounds:  CaCN  and  KOH.  As 
Table  2.3  tells  us  that  all  ionic  compounds  are  strong  electrolytes,  that  is  how  we 
classify  these  two  substances.  The  three  remaining  compounds  are  molecular. 
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Two,  HNO}  and  HCH02,  are  acids.  Nitric  acid,  HNO3,  is  a  common  strong  acid,  as 
shown  in  Table  4.2,  and  therefore  is  a  strong  electrolyte.  Because  most  acids  are 
weak  acids,  our  best  guess  would  be  that  HCH02  is  a  weak  acid  (weak  electrolyte). 
This  is  correct.  The  remaining  molecular  compound,  C2H=;OH,  is  neither  an  acid 
nor  a  base,  so  it  is  a  nonelectrolvte. 

Comment:  Although  C2H5OH  has  an  OI I  group,  it  is  not  a  metal  hydroxide;  thus,  it 
is  not  a  base.  Rather,  it  is  a  member  of  a  class  of  organic  compounds  that  have 
C  —  OH  bonds,  which  are  known  as  alcohols-. 

■i  PRACTICE  EXERCISE 

Consider  solutions  in  which  0.1  mol  of  each  of  the  following  compounds  is  dissolved 
in  1  L  of  water:  Ca(NOJ2  (calcium  nitrate),  QH^Of,  (glucose),  NaC2H^02  (sodium 
acetate),  and  HC2hh02  (acetic  acid).  Rank  the  solutions  in  order  of  increasing  electri- 

cal conductivity,  based  on  the  fact  that  the  greater  the  number  of  ions  in  solution,  the 
greater  the  conductivity. 
Answers:  ChH]2Of,  (nonelectrolvte)  <  HC2H-,02  (weak  electrolyte,  existing  mainly 
in  the  form  of  molecules  with  few  ions)  <  NaC2H302  (strong  electrolyte  that  pro- 

vides two  ions,  Na~  and  C2H302  )  <  Ca(NO,)2  (strong  electrolyte  that  provides 
three  ions,  Ca2^  and  2  NO,  ) 

▲  Figure  4.7   The  acid-base  indicator 
bromthymol  blue.  The  indicator  is  blue  in  basic 
solution  and  yellow  in  acidic  solution.  The  left 
flask  shows  the  indicator  in  the  presence  of  a 
base,  aqueous  ammonia  (labeled  as  ammonium 
hydroxide).  The  right  flask  shows  the  indicator  in 
the  presence  of  hydrochloric  acid,  HCI. 

Neutralization  Reactions  and  Salts 

The  properties  of  acidic  solutions  are  quite  different  from  those  of  basic  solu- 
tions. Acids  have  a  sour  taste,  whereas  bases  have  a  bitter  taste.*  Acids  can 

change  the  colors  of  certain  dyes  in  a  specific  wav  that  differs  from  the  effect  of 
a  base  (Figure  4.7  <).  The  dye  known  as  litmus,  for  example,  is  changed  from 
blue  to  red  by  an  acid,  and  from  red  to  blue  bv  a  base.  In  addition,  acidic  and 
basic  solutions  differ  in  chemical  properties  in  several  important  ways  that  we 
will  explore  in  this  chapter  and  in  later  chapters. 

When  a  solution  of  an  acid  and  a  solution  of  a  base  are  mixed,  a  neutraliza- 
tion reaction  occurs.  The  products  of  the  reaction  have  none  of  the  characteristic 

properties  of  either  the  acidic  solution  or  the  basic  solution.  For  example,  when 
hydrochloric  acid  is  mixed  with  a  solution  of  sodium  hydroxide,  the  following 
reaction  occurs: 

HCXiflq)  +  NaOH(^) H;0(/)  +  NaC\(aq) 

(acid) (base) (water) (salt)0 

[4.i: 

Water  and  table  salt,  NaCl,  are  the  products  of  the  reaction.  By  analogy  to  this 
reaction,  the  term  salt  has  come  to  mean  any  ionic  compound  whose  cation 

comes  from  a  base  (for  example,  Na+  from  NaOH)  and  whose  anion  comes 
from  an  acid  (for  example,  CP  from  HCI).  In  general,  a  neutralization  reaction  be- 

tween an  acid  and  a  metal  hydroxide  produces  water  and  a  salt. 

Because  HCI,  NaOH,  and  NaCl  are  all  soluble  strong  electrolytes,  the  com- 
plete ionic  equation  associated  with  Equation  4.12  is 

H  (aq)  +  CI  (aq)  +  Na'(aq)  +  OH  (aq) 

Therefore,  the  net  ionic  equation  is 

H+(aq)  +  OH~(aq) 

H.O(/)  +  Na+{aq)  +  CT{aq) 
[4.13] 

H20(/) 

[4.14] 

Equation  4.14  summarizes  the  essential  feature  of  the  neutralization  reaction 

between  any  strong  acid  and  any  strong  base:  H~(aq)  and  OH-^)  ions  com- 
bine to  form  H->0. 

*  lasting  chemical  solutions  is  not  a  good  practice.  However,  we  have  all  had  acids  such  as  ascorbic 
acid  (vitamin  C),  acetylsalicylic  acid  (aspirin),  and  citric  acid  (in  citrus  fruits)  in  our  mouths,  and  we 
are  familiar  with  their  characteristic  sour  taste.  Soaps,  which  are  basic,  have  the  characteristic  bitter 
taste  of  bases. 
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(a) 
(b) 

((  ) 

Figure  4. S  ▲  shows  the  reaction  between  hydrochloric  acid  and  the  base 
Mg(OH)2,  which  is  insoluble  in  water.  A  milkv  white  suspension  of  MgfOH); 
called  milk  of  magnesia  is  seen  dissolving  as  the  neutralization  reaction  occurs: 

Molecular  equation: 

Mg(OH)2(s)  +  2  HC\{aq) 

Net  ionic  equation: 

Mg(OI  [)2(< 

(aq) 

MgCNf/n/)  +  2  H:Q(/)  [4. 

Mg2'(rti|)  +  2  H20(/)  [4.16] 

Notice  that  the  OH  ions  (this  time  in  a  solid  reactant)  and  H  ions  combine  to 

form  H2O.  Because  the  ions  exchange  partners,  neutralization  reactions  be- 
tween acids  and  metal  hydroxides  are  also  metathesis  reactions. 

▲  Figure  4.8   Reaction  of  Mg(OH)2(s) 
with  acid,  (a)  Milk  of  magnesia  is  a  suspension 
of  magnesium  hydroxide,  Mg(OH)2(s),  in  water, 
(b)  The  magnesium  hydroxide  dissolves  upon  the 
addition  of  hydrochloric  acid,  UQ(aq).  (c)  The 
final  clear  solution  contains  soluble  MgCI2(fl<7), 
shown  in  Equation  4.15 

ANIMATION 
Dissolution  of  Mg(OH)2  by  Acid 

■i  SAMPLE  EXERCISE  4.7  |  Writing  Chemical  Equations  for  a  Neutralization  Reaction 

(a)  Write  a  balanced  molecular  equation  for  the  reaction  between  aqueous  solutions  of  acetic  acid  (HC2H3O2 
(b)  Write  the  net  ionic  equation  tor  this  reaction. 

and  barium  fn 
droxide  [Ba(OH)2 
Solution 

Analyze:  We  are  given  the  chemical  formulas  for  an  acid  and  a  base  and  asked  to  write  a  balanced  molecular  equation  and  then 
a  net  ionic  equation  for  their  neutralization  reaction. 
Plan:  As  Equation  4. 12  and  the  italicized  statement  that  follows  it  indicate,  neutralization  reactions  form  two  products,  hhO  and 
a  salt.  We  examine  the  cation  of  the  base  and  the  anion  ot  the  acid  to  determine  the  composition  of  the  salt. 

Solve:  (a)  The  salt  will  contain  the 

cation  of  the  base  (Ba-)  and  the 
anion  of  the  acid  (OH-iO:  ).  Thus, 
the  formula  of  the  salt  is 

Ba(C2H.302)2.  According  to  the  solu- 
bility guidelines  in  Table  4.1,  this 

compound  is  soluble.  The  unbal- 
anced molecular  equation  for  the 

neutralization  reaction  is HC2H^02(<?(/)  +  Ba(OH)2(<7,/) H:0(/)  +  Ba(C2H302)2(<7<7) 

To  balance  this  molecular  equation, 
we  must  provide  two  molecules  of 
HC2H3O2  to  furnish  the  two 
C^hhCK  ions  and  to  supply  the  two 
H  '  ions  needed  to  combine  with  the 
two  OH  ions  of  the  base.  The  bal- 

anced molecular  equation  is 2  HC2H302(i7i7)  4  Ba(OH)2(fl<7)   ►  2  H20(/)  l  Ba(C2H302)2(^/) 
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(b)  To  write  the  net  ionic  equation, 
we  must  determine  whether  each 

compound  in  aqueous  solution  is  a 
strong  electrolyte.  HC2H302  is  a 
weak  electrolyte  (weak  acid), 
Ba(OH)2  is  a  strong  electrolyte,  and 
Ba(C2H302)2  is  also  a  strong  elec- 

trolyte (ionic  compound).  Thus,  the 

complete  ionic  equation  is  2  HC2H302(,?</)  +  Ba2 '(<?</)  +  2  OH  (aq)   ►  2  H20(/)  +  Va2+(aq)  4-  2  C2H302  (aq) 

Eliminating  the  spectator  ions  gives  2 HC2H302(fl<?)  +  2  OH  (aq)   »  2  H20(/)  +  2C2H302 ~(aq) 

Simplifying  the  coefficients  gives 

the  net  ionic  equation:  HC2H302(rtq)  +  OH  (aq)   *  H20(/)  +  C2H302  (aq) 

Check:  We  can  determine  whether  the  molecular  equation  is  correctly  balanced  by  counting  the  number  of  atoms  of  each  kind  on 
both  sides  of  the  arrow.  (There  are  ten  H,  six  O,  four  C,  and  one  Ba  on  each  side.)  However,  it  is  often  easier  to  check  equations  by 
counting  groups:  There  are  two  C2H302  groups,  as  well  as  one  Ba,  and  four  additional  H  atoms  and  two  additional  O  atoms  on 
each  side  of  the  equation.  The  net  ionic  equation  checks  out  because  the  numbers  of  each  kind  of  element  and  the  net  charge  are 
the  same  on  both  sides  of  the  equation. 

■H  PRACTICE  EXERCISE 

(a)  Write  a  balanced  molecular  equation  for  the  reaction  of  carbonic  acid  (H2C03)  and  potassium  hydroxide  (KOH).  (b)  Write  the 
net  ionic  equation  for  this  reaction. 

Anszvers:  (a)  H2C03(aq)  +  2  KOH(aq)   »  2  H20(/)  +  K2C03(fl^);         (b)  H2C03(<?</)  +  2  OH  (aq)   >  2  H20(/)  +  C032  (aq). 
(H2C03  is  a  weak  acid  and  therefore  a  weak  electrolyte,  whereas  KOH,  a  strong  base,  and  K2C03,  an  ionic  compound,  are  strong 
electrolytes.) 

▲  Figure  4.9     arbonates  react  with  acids 
to  form  carbon  dioxide  gas.  Here  NaHC03 
(white  solid)  reacts  w  th  hydrochloric  acid;  the 
bubbles  contain  C02 

Acid-Base  Reactions  with  Gas  Formation 

There  are  many  bases  besides  OH  that  react  with  H+  to  form  molecular  com- 
pounds. Two  of  these  that  you  might  encounter  in  the  laboratory  are  the  sulfide 

ion  and  the  carbonate  ion.  Both  of  these  anions  react  with  acids  to  form  gases 
that  have  low  solubilities  in  water.  Hvdrogen  sulfide  (H2S),  the  substance  that 
gives  rotten  eggs  their  foul  odor,  forms  when  an  acid  such  as  HC\(aq)  reacts 
with  a  metal  sulfide  such  as  Na7S: 

Molecular  equation: 

Net  ionic  equation: 

2  HCl(rt</)  +  Na2S(aq)   >  H2S(g)  +  2NaC\(aq)  [4.17] 

2U'(aq)  +  S2~(aq)   >  H2S(^)  [4.18] 

Carbonates  and  bicarbonates  react  with  acids  to  form  C02  gas.  Reaction  of 

CO3--  or  HCO3"  with  an  acid  first  gives  carbonic  acid  (H2C03).  For  example, 
when  hydrochloric  acid  is  added  to  sodium  bicarbonate,  the  following  reaction 
occurs: 

HC1(<?</)  +  NaHCO;(m/) NaCl(<7</)  +  H2C03(rt<7) [4.19] 

Carbonic  acid  is  unstable;  if  present  in  solution  in  sufficient  concentrations, 
it  decomposes  to  form  C02,  which  escapes  from  the  solution  as  a  gas. 

H2C03(aq)   »  H20(/)  +  C02(g)  [4.20] 

The  decomposition  of  H2C03  produces  bubbles  of  C02  gas,  as  shown  in 

Figure  4.9  -4.  The  overall  reaction  is  summarized  by  the  following  equations: 

Molecular  equation: 

UC\(aq)  +  NaHC03(o</)  - 

Net  ionic  equation: 

-*  NaCK^/)  +  H2Q(/)  +  C02(g)  [4.21] 

I  (aq)  +  HC03  ~(aq)  -  — >  H2G(/)  +  C02(g)  [4.22] 
Both  NaHCD3  and  Na2C03  are  used  as  acid  neutralizes  in  acid  spills.  The 

bicarbonate  or  carbonate  salt  is  added  until  the  fizzing  due  to  the  formation  of 
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L 
CHEMISTRY  AT  WORK  I  Antacids 

'T'he  stomach  secretes  acids  to  help  digest  foods.  These 
J.  acids,  which  include  hydrochloric  acid,  contain  about 

0.1  mol  of  11  per  liter  ot  solution.  The  stomach  and  digestive 

tract  are  normally  protected  from  the  corrosive  effects  oi  stom- 
ach acid  by  a  mucosal  lining.  I  loles  i  an  de\  elop  in  this  lining, 

however,  allowing  the  acid  to  attack  the  underlying  tissue, 
causing  painful  damage.  These  holes,  known  as  ulcers,  can  be 
caused  by  the  secretion  of  excess  acids  or  by  a  weakness  in  the 
digestive  lining.  Recent  studies  indicate,  however,  that  many 
ulcers  are  caused  bv  bacterial  infection.  Between  10  and  20% 

of  Americans  suffer  from  ulcers  at  some  point  in  their  lives, 

and  many  others  experience  occasional  indigestion  or  heart- 
burn that  is  due  to  digestive  ac  ids  entering  the  esophagus. 
We  can  address  the  problem  of  excess  stomach  acid  in 

two  simple  ways:  (1 )  removing  the  excess  acid,  or  (2)  decreas- 
ing the  production  oi  acid.  ITiose  substances  that  remove  ex- 
cess acid  are  called  antacids,  whereas  those  that  decrease  the 

production  of  acid  are  called  acid  inhibitors.  Figure  4.10  ► 
shows  several  common,  over-the-counter  drugs  of  both  types. 

TABLE  4.4    Some  Common  Antacids 

Commercial  Name Acid-Neutralizing  Agents 

Alka-Seltzer 

Amphojel ' 
Di-Cel ' 
Milk  of  Magnesia 
MaaW 

Mylanta 
Rolaids 

Turns 

NaHCO, 
Al(OH)3 

Mg(OH)2and  CaC03 
Mg(OH)2 

Mg(OH)2  and  Al(OH)3 

Mg(OH)2  and  Al(OH)3 
NaAl(OH)2C03 

CaCO-, 

Antacids  are  simple  bases  that  neutralize  digestive  acids 

Their  ability  to  neutralize  acids  is  due  to  the  hydroxide,  car- 
bonate, or  bicarbonate  ions  the)  contain.  Table  4.4  A  lists  the 

active  ingredients  in  some  antacids. 
The  newer  generation  of  antiulcer  drugs,  such  as  Taga- 

met and  Zantac  ,  are  acid  inhibitors.  The)  act  on  acid- 
producing  cells  in  the  lining  of  the  stomach.  Formulations  thai 
control  acid  in  this  wav  are  now  available  as  over-the-counter 
drugs. 

Related  Exercise:  4.93 

Maalox 

plus  ^ 

UNTACID/ANTI 

A  Figure  4.10  Antacids.  These  products  all  serve  as  acid-neutralizing 
agents  in  the  stomach. 

CC>2(g)  skips.  Sometimes  sodium  bicarbonate  is  used  as  an  antacid  to  soothe  an 

upset  stomach.  In  that  case  the  1  ICO-  reacts  with  stomach  acid  to  form 

COi(^).  The  fizz  when  Alka-Seltzer  tablets  are  added  to  water  arises  from  the 
reaction  of  sodium  bicarbonate  and  citric  acid. 

Q    GIVE  IT  SOME  THOUGHT 

By  analogy  to  examples  already  given  in  the  text,  predict  what  gas  forms  when 
Na2S03(s)  is  treated  with  hO(aq). 

4.4  I  Oxidation-Reduction  Reactions 

In  precipitation  reactions  cations  and  anions  come  together  to  form  an  insolu- 
ble ionic  compound.  In  neutralization  reactions  H  ions  and  OI  I  ions  come  to- 

gether to  form  H20  molecules.  Now  let's  consider  a  third  important  kind  of 
reaction,  one  in  which  electrons  are  transferred  between  reactants.  Such  reac- 

tions are  called  oxidation-reduction,  or  redox,  reactions. 
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►  Figure  4.11   Corrosion  of  iron. 
Corrosion  of  iron  is  caused  by  chemical  attack  of 
oxygen  and  water  on  exposed  metal  surfaces. 
Corrosion  is  even  more  rapid  in  salt  water. 

MOVIE 
Reduction  of  CuO 

ANIMATIONS 
Oxidation-Reduction  Reactions  -  Part  I 
Oxidation-Reduction  Reactions  -  Part  II 

Oxidation  and  Reduction 

The  corrosion  of  iron  (rusting)  and  of  other  metals,  such  as  the  corrosion  of  the 
terminals  of  an  automobile  battery,  are  familiar  processes.  What  we  call  corrosion 
is  the  conversion  of  a  metal  into  a  metal  compound  by  a  reaction  between  the 
metal  and  some  substance  in  its  environment.  Rusting,  as  shown  in 
Figure  4.1 1  ▲,  involves  the  reaction  of  oxygen  with  iron  in  the  presence  of  water. 

When  a  metal  corrodes,  it  loses  electrons  and  forms  cations.  For  example, 
calcium  is  vigorously  attacked  by  acids  to  form  calcium  ions: 

Ca(s)  +  2  H^(aq) 

Ca2~(aq)  +  H2(g) 
[4.23] 

When  an  atom,  ion,  or  molecule  has  become  more  positively  charged  (that  is,  • 
when  it  has  lost  electrons),  we  say  that  it  has  been  oxidized.  Loss  of  electrons  by  a  H 

substance  is  called  oxidation.  Thus,  Ca,  which  has  no  net  charge,  is  oxidized  (un- 

dergoes oxidation)  in  Equation  4.23,  forming  Ca~~. The  term  oxidation  is  used  because  the  first  reactions  of  this  sort  to  be  stud- 

ied thoroughly  were  reactions  with  oxygen.  Many  metals  react  directly  with  Ot 

in  air  to  form  metal  oxides.  In  these  reactions  the  metal  loses  electrons  to  oxy- 
gen, forming  an  ionic  compound  of  the  metal  ion  and  oxide  ion.  For  example, 

when  calcium  metal  is  exposed  to  air,  the  bright  metallic  surface  of  the  metal 
tarnishes  as  CaO  forms: 

2  Ca(s)  +  02(g)   *  2  CaO(s) [4.24] 

T  Figure  4.12   Oxidation  of  calcium  metal 
by  molecular  oxygen.  The  oxidation  involves 
transfer  of  electrons  from  the  metal  to  02, 
eventually  leading  to  formation  of  CaO. 

As  Ca  is  oxidized  in  Equation  4.24,  oxygen  is  transformed  from  neutral 

O2  to  two  O  ions  (Figure  4.12  T).  When  an  atom,  ion,  or  molecule  has  be- 
come more  negatively  charged  (gained  electrons),  we  say  that  it  is  reduced. 

Gain  of  electrons  bu  a  substance  is  called  reduction.  When  one  reactant  loses 

Ca(s)  +  02(g) 

 i 
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electrons,  another  reactant  must  gain  them;  the  oxidation  ot  one  substance  is 

always  accompanied  by  the  reduction  ot  another  as  electrons  are  transferred 
between  them. 

Oxidation  Numbers 

Before  we  can  properly  identify  an  oxidation-reduction  reaction,  we  must  have 
a  kind  of  bookkeeping  system,  a  way  of  keeping  track  of  the  electrons  gained 
by  the  substance  reduced  and  those  lost  by  the  substance  oxidized.  The  concept 
of  oxidation  numbers  (also  called  oxidation  states)  was  devised  as  a  way  ot 
doing  this.  Each  atom  in  a  neutral  molecule  or  charged  species  is  assigned  an 
oxidation  number,  which  is  the  actual  charge  for  a  monatomic  ion;  otherwise, 

the  oxidation  number  is  the  hypothetical  charge  assigned  to  the  atom,  assum- 
ing that  the  electrons  are  completely  held  by  one  atom  or  the  other.  The  oxidation 

numbers  of  certain  atoms  change  in  an  oxidation-reduction  reaction.  Oxidation 
occurs  when  there  is  an  increase  in  oxidation  number,  whereas  reduction  oc- 

curs when  there  is  a  decrease  in  oxidation  number. 

We  use  the  following  rules  for  assigning  oxidation  numbers: 

1.  For  mi  atom  in  its  elemental  form,  the  oxidation  number  is  always  zero.  Thus, 

each  H  atom  in  the  Hi  molecule  has  an  oxidation  number  of  0,  and  each  I' 
atom  in  the  P4  molecule  has  an  oxidation  number  of  0. 

2.  For  any  monatomic  ion  the  oxidation  number  equals  the  charge  on  the  ion.  Thus, 

K+  has  an  oxidation  number  of  f  1,  S  has  an  oxidation  state  of  2,  and  so 
forth.  The  alkali  metal  ions  (group  1  A)  always  have  a  1  +  charge,  and  there- 

fore the  alkali  metals  always  have  an  oxidation  number  of  f  1  in  their  com- 

pounds. Similarly,  the  alkaline  earth  metals  (group  2A)  are  always  +2,  and 
aluminum  (group  3A)  is  always  +3  in  its  compounds.  (In  writing  oxidation 
numbers,  we  will  write  the  sign  before  the  number  to  distinguish  them  from 
the  actual  electronic  charges,  which  we  write  with  the  number  first.) 

3.  Nonmetals  usually  have  negative  oxidation  numbers,  although  they  can 
sometimes  be  positive: 

(a)  Flie  oxidation  number  of  oxygen  is  usually  2  in  both  ionic  and  molec- 
ular compounds.  The  major  exception  is  in  compounds  called  perox- 
ides, which  contain  the  O2  ion,  giving  each  oxygen  an  oxidation 

number  of  -  1 . 

(b)  The  oxidation  number  of  hydrogen  is  t  /  when  bonded  to  nonmetals  and  -I 
'when  bonded  to  metals. 

(c)  The  oxidation  number  of  fluorine  is  -  I  111  all  compounds.  The  other  halogens 
have  an  oxidation  number  of  1  in  most  binary  compounds.  When  com- 

bined with  oxygen,  as  in  oxyanions,  however,  they  have  positive  oxida- 
tion states. 

4.  The  sum  of  the  oxidation  numbers  of  all  atoms  in  a  neutral  compound  is  zero.  The 

sum  of  the  oxidation  numbers  in  a  polyatomic  ion  equals  the  charge  of  the  ion.  For  ex- 

ample, in  the  hydronium  ion,  1 1  $0  ! ,  the  oxidation  number  of  each  hydrogen 
is  +1  and  that  of  oxygen  is  -2.  Thus,  the  sum  of  the  oxidation  numbers  is 

3(  +  l)  +  (-2)  =  +1,  which  equals  the  net  charge  of  the  ion.  This  rule  is  very 
useful  in  obtaining  the  oxidation  number  of  one  atom  in  a  compound  or  ion  if 
you  know  the  oxidation  numbers  of  the  other  atoms,  as  illustrated  in  Sample 
Exercise  4.8. 

Substance 
oxidized 

( loses 
electron) 

Substance 
reduced 

(gams 

electron) 

ACTIVITY 
Oxidation  Numbers  I 

ACTIVITY 
Oxidation  Numbers  II 

Q    GIVE  IT  SOME  THOUGHT 

(a)  What  noble  gas  element  has  the  same  number  of  electrons  as  the  fluoride  ion? 
(b)  What  is  the  oxidation  number  of  that  species? 
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■■  SAMPLE  EXERCISE  4.8  |  Determining  Oxidation  Numbers 

Determine  the  oxidation  number  of  sulfur  in  each  of  the  following:  (a)  H->S,  (b)  SH, 

(c)  SC12,  (d)  Na2S03(  (e)  S042  . 
Solution 

Analyze:  We  are  asked  to  determine  the  oxidation  number  of  sulfur  in  two  molecu- 
lar species,  in  the  elemental  form,  and  in  two  ionic  substances. 

Plan:  In  each  species  the  sum  of  oxidation  numbers  of  all  the  atoms  must  equal  the 
charge  on  the  species.  We  will  use  the  rules  outlined  above  to  assign  oxidation  numbers. 
Solve:  (a)  When  bonded  to  a  nonmetal,  hydrogen  has  an  oxidation  number  of  +1 
(rule  3b).  Because  the  LhS  molecule  is  neutral,  the  sum  of  the  oxidation  numbers 
must  equal  zero  (rule  4).  Letting  x  equal  the  oxidation  number  of  S,  we  have 
2(  +  l )  +  .v  =  0.  Thus,  S  has  an  oxidation  number  of  -2. 

(b)  Because  this  is  an  elemental  form  of  sulfur,  the  oxidation  number  of  S  is  0  (rule  1 ). 
(c)  Because  this  is  a  binary  compound,  we  expect  chlorine  to  have  an  oxidation 

number  of  -1  (rule  3c).  The  sum  of  the  oxidation  numbers  must  equal  zero  (rule  4). 
Letting  .v  equal  the  oxidation  number  of  S,  we  have  X  +  2(-l)  =  0.  Consequently, 
the  oxidation  number  of  S  must  be  +2. 

(d)  Sodium,  an  alkali  metal,  always  has  an  oxidation  number  of  +1  in  its  com- 

pounds (rule  2).  Oxygen  has  a  common  oxidation  state  of  -2  (rule  3a).  Letting  x  equal 
the  oxidation  number  of  S,  we  have  2(+l)  +  x  +  3(  -2)  =  0.  Therefore,  the  oxida- 

tion number  of  S  in  this  compound  is  +4. 
(e)  The  oxidation  state  of  O  is  -2  (rule  3a).  The  sum  of  the  oxidation  numbers 

equals  -  2,  the  net  charge  of  the  S04~  ion  (rule  4).  Thus,  we  have  x  +  4(  -2)  =  -2. From  this  relation  we  conclude  that  the  oxidation  number  of  S  in  this  ion  is  +6. 
Comment:  These  examples  illustrate  that  the  oxidation  number  of  a  given  element 
depends  on  the  compound  in  which  it  occurs.  The  oxidation  numbers  of  sulfur,  as 

seen  in  these  examples,  range  from  -2  to  +6. 

■i  PRACTICE  EXERCISE 

What  is  the  oxidation  state  of  the  boldfaced  element  in  each  of  the  following: 

(a)  P2Os,  (b)  NaH,  (c)  Cr2072  ,  (d)  SnBr4,  (e)  BaO-,? 
Answers:  (a)  +5,  (b)  -1,  (c)  +6,  (d)  +4,  (e)  -1 

MOVIE 
Oxidation-Reduction  Chemistry  of  Tin 
and  Zinc 

Oxidation  of  Metals  by  Acids  and  Salts 

There  are  many  kinds  of  redox  reactions.  For  example,  combustion  reactions 
are  redox  reactions  because  elemental  oxygen  is  converted  to  compounds  of 

oxygen.  In  this  chapter  we  consider  the  redox  reactions  be- 
tween metals  and  either  acids  or  salts.  In  Chapter  20  we  will  examine  more 

complex  kinds  of  redox  reactions. 
The  reaction  of  a  metal  with  either  an  acid  or  a  metal  salt  conforms  to  the 

following  general  pattern: 

A  +  BX   »  AX  +  B  [4.25] 

Examples:  Zn(s)  +  2  Bv(nq) 

Mn(s)  +  Pb(N03)2(a<7)  — 

— »  ZnBr2(<7(7)  +  H2(g) 

Mn(N03)2H)  +  Pb(s) 

These  reactions  are  called  displacement  reactions  because  the  ion  in  solution  is 
displaced  or  replaced  through  oxidation  of  an  element. 

Many  metals  undergo  displacement  reactions  with  acids,  producing  salts 
and  hydrogen  gas.  For  example,  magnesium  metal  reacts  with  hydrochloric 
acid  to  form  magnesium  chloride  and  hydrogen  gas  (Figure  4.13  ►).  To  show 
that  oxidation  and  reduction  have  occurred,  the  oxidation  number  for  each 

atom  is  shown  below  the  chemical  equation  for  this  reaction: 

Mg(s)  +  2  !  IC1(<7<;) 

i) 

+  1  -1 

>  MgCU(aq)  +  I  \2(g), 

T  t +  2  -1  0 

[4.26] 
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|  ▲  Figure  4.13   Reaction  of  magnesium  with  acid.  The  bubbles  are  due  to  hydrogen  gas. 

Notice  that  the  oxidation  number  of  Mg  changes  from  0  to  ■+  2.  The  increase  in 
the  oxidation  number  indicates  that  the  atom  has  lost  electrons  and  has  there- 

fore been  oxidized.  The  H  '  ion  ot  the  acid  decreases  in  oxidation  number  from 
+  1  to  0,  indicating  that  this  ion  has  gained  electrons  and  has  therefore  been  re- 

duced. The  oxidation  number  of  the  CI  ion  remains  -  I,  and  it  is  a  spectator 
ion  in  the  reaction.  The  net  ionic  equation  is  as  follows: 

Mg(s)  +  2H,m  -       Mg2 •(,/,/)  +  H2(g)  [4.27] 

j  ACTIVITY Metals  can  also  be  oxidized  by  aqueous  solutions  of  various  salts.  Iron        ̂    Precipitation,  Redox,  and  Neutralization 

metal,  for  example,  is  oxidized  to  Fe2*  by  aqueous  solutions  of  Ni2' ,  such  as  Reactions 
Ni(N03)2H): 

Molecular  equation:      Fe(s)  +  Ni(NOj2("</)  *  Fe(N03)2(aq)  +  Ni(s)  [4.28] 

Net  ionic  equation:  Fe(s)  +  Ni2+(aq)  ►  Ve2+{aq)  I  Ni(s)  [4.29] 

The  oxidation  of  Fe  to  form  Fe"'  in  this  reaction  is  accompanied  bv  the  reduc- 
tion of  Ni-+  to  Ni.  Remember:  Whenever  one  substance  is  oxidized,  some  other  sub- 

stance must  be  reduced. 

WM  SAMPLE  EXERCISE  4.9  |  Writing  Molecular  and  Net  Ionic  Equations  for 
Oxidation-Reduction  Reactions 

Write  the  balanced  molecular  and  net  ionic  equations  for  the  reaction  of  aluminum 
with  hydrobromic  acid. 

Solution 

Analyze:  We  must  write  two  equations — molecular  and  net  ionic — for  the  redox  re- 
action between  a  metal  and  an  acid. 
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Plan:  Metals  react  with  acids  to  form  salts  and  1 12  gas.  To  write  the  balanced  equa- 
tions, we  must  write  the  chemical  formulas  for  the  two  reactants  and  then  determine 

the  formula  of  the  salt.  The  salt  is  composed  of  the  cation  formed  by  the  metal  and  the 
anion  of  the  acid. 

Solve:  The  formulas  of  the  given  reactants  are  Al  and  I  IBr.  The  cation  formed  by  Al 
IS  A I  ,  and  the  anion  from  hydrobromic  acid  is  Br  .  Thus,  the  salt  formed  in  the  re- 

action is  AlBrj.  Writing  the  reactants  and  products  and  then  balancing  the  equation 
gives  this  molecular  equation: 

2Al(s)  +  bHBrO?,/)   »  2AlBr^;</)  +  3H2(g) 

Both  HBr  and  AlBr^  are  soluble  strong  electrolytes.  Thus,  the  complete  ionic  equation  is 

2  Al(s)  +  6  H  (nq)  +  6  Br  (nq)   •  2  AV'  (nq)  +  6  Br  (nq)  +  3  H2(g) 

Because  Br   is  a  spectator  ion,  the  net  ionic  equation  is 

2  Al(s)  +  6  H  '(</(/)   »  2  M?+(aq)  +  3  H2(g) 

Comment:  The  substance  oxidized  is  the  aluminum  metal  because  its  oxidation  state 
changes  from  0  in  the  metal  to  +  3  in  the  cation,  thereby  increasing  in  oxidation  number. 
The  FT  is  reduced  because  its  oxidation  state  changes  from  +1  in  the  acid  to  0  in  HS. 

MM  PRACTICE  EXERCISE 

(a)  Write  the  balanced  molecular  and  net  ionic  equations  for  the  reaction  between 
magnesium  and  cobalt(II)  sulfate,  (b)  What  is  oxidized  and  what  is  reduced  in  the  re- 

action1 
Ansivers:  (a)  Mg(s)  +  CoS04(nq)   ►  MgS04(rt<7)  +  Co(s); 

Mg(s)  +  Co2  ' (nq)   »  Mg2  (nq)  +  Co(s);  (b)  Mg  is  oxidized  and  Co2t  is  reduced. 

The  Activity  Series 

Can  we  predict  whether  a  certain  metal  will  be  oxidized  either  by  an  acid  or  by 

a  particular  salt?  This  question  is  of  practical  importance  as  well  as  chemical  in- 
terest. According  to  Equation  4.28,  for  example,  it  would  be  unwise  to  store  a 

solution  of  nickel  nitrate  in  an  iron  container  because  the  solution  would  dis- 

solve the  container.  When  a  metal  is  oxidized,  it  appears  to  be  eaten  away  as  it 
reacts  to  form  various  compounds.  Extensive  oxidation  can  lead  to  the  failure 

of  metal  machinery  parts  or  the  deterioration  of  metal  structures. 

Different  metals  vary  in  the  ease  with  which  they  are  oxidized.  Zn  is  oxi- 

dized by  aqueous  solutions  of  Cu2+,  for  example,  but  Ag  is  not.  Zn,  therefore, 
loses  electrons  more  readilv  than  Ag;  that  is,  Zn  is  easier  to  oxidize  than  Ag. 

A  list  of  metals  arranged  in  order  of  decreasing  ease  of  oxidation  is  called 
an  activity  series.  Table  4.5  ►  gives  the  activity  series  in  aqueous  solution  for 

many  of  the  most  common  metals.  Hydrogen  is  also  included  in  the  table.  The 
metals  at  the  top  of  the  table,  such  as  the  alkali  metals  and  the  alkaline  earth 

metals,  are  most  easily  oxidized;  that  is,  they  react  most  readily  to  form  com- 
pounds. They  cire  called  the  active  metals.  The  metals  at  the  bottom  of  the  activi- 

ty series,  such  as  the  transition  elements  from  groups  8B  and  IB,  are  very  stable 
and  form  compounds  less  readily.  These  metals,  which  are  used  to  make  coins 
and  jewelry,  are  called  noble  metals  because  of  their  low  reactivity. 

The  activity  series  can  be  used  to  predict  the  outcome  of  reactions  between 
metals  and  either  metal  salts  or  acids.  Am/  metal  on  the  list  can  be  oxidized  by  the 
ions  of  elements  below  it.  For  example,  copper  is  above  silver  in  the  series.  Thus, 
copper  metal  will  be  oxidized  by  silver  ions,  as  pictured  in  Figure  4.14  ►: 

Cu(s)  +  2  Ag+(,7</)  -  ->  Cxx2+(aq)  +  2  Ag(s)  [4.30] 

I  he  oxidation  of  copper  to  copper  ions  is  accompanied  by  the  reduction  of  sil- 
ver ions  to  silver  metal.  The  silver  metal  is  evident  on  the  surface  of  the  copper 

wires  in  Figure  4.14(b)  and  (c).  The  copper(II)  nitrate  produces  a  blue  color  in 
the  solution,  which  is  most  ev  ident  in  part  (c). 
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TABLE  4.5   Activity  Series  of  Metals  in  Aqueous  Solution 

Metal Oxidation  Reaction 

Lithium 

Potassium 

Barium 

Calcium 

Sodium 

Magnesium 
Aluminum 

Manganese 
Zinc 

Chromium 

Iron 

Cobalt 

Nickel 

Tin 

Lead 

Copper 
Sih  er 

Mercury 
Platinum 

Gold 

Li(s) 

K(s) 

Ba(s) 

Ca(s) 
Na(s) 

Mg(s) 
Al(s) 

Mn(s) 
Zn(s) 

Cr(s) 
Fe(s) 

Co(s) 
Ni(s) 

Sn(s) 
Pb(s) 

Cu(s) 

Ag(s) 
Hg(/) 
Pt(s) 

Au(s) 

Li  (<?</)  + 

K  (ntj)  + 

13a2  •(<»(/)  ' 
Ca:  ((/(/)  + \a  '(</(/) 

Mg2+(fl(j)  • AP '(<?</) 

Mn2  (((i/)  f 
Zn  (/iq) 

Cr3  (,;</)  • Te2  ((/</) 

CO2  '(()!/) 
Ni2'((?i/) 

Sn2  '(<;</) 

Pb2+(rt<7)  • 

Cu2  ((/i/) 

Ag+(rt(/) 

M«2  '(<»</)  • Pt2  (</</) 

An5 '((/(/)  • 

e 

e 

2e 2e 

e 

2e 

T  . 

.'C 

MOVIE 
Formation  of  Silver  Crystals 

Cu(s) AgNO^m/) 

2  Ag(s 
Cu(NCh)2("</) 

▲  Figure  4.14  Reaction  of  copper  with  silver  ion.  When  copper  metal  is  placed  in  a  solution  of  silver 
nitrate,  a  redox  reaction  occurs,  forming  silver  metal  and  a  blue  solution  of  copper(ll)  nitrate. 
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Q    GIVE  IT  SOME  THOUGHT 

Which  is  the  more  easily  reduced,  Mg2  (aq)  or  Ni2  {aq)l 

Only  those  metals  above  hydrogen  in  the  activity  series  are  able  to  react 
with  acids  to  form  H2.  For  example,  Ni  reacts  with  HC\(aq)  to  form  H2: 

Ni(s)  +  2HCl(rt</)   >  NiCI2(rt</)  +  H2(#)  [4.31] 

Because  elements  below  hydrogen  in  the  activity  series  are  not  oxidized  by 

H+,  Cudoes  not  react  with  HC\{aq).  Interestingly,  copper  does  react  with  nitric  ii 
acid,  as  shown  previously  in  Figure  1.11.  This  reaction,  however,  is  not  a  simple 

oxidation  of  Cu  by  the  H+  ions  of  the  acid.  Instead,  the  metal  is  oxidized  to  | 
Cu~+  by  the  nitrate  ion  of  the  acid,  accompanied  by  the  formation  of  brown  ni-  i trogen  dioxide,  N02(y): 

Cu(s)  +  4  HN03(a<7)  -  -*  Cu(N03)2(«^)  +  2  H20(/)  +  2  N02{g)  [4.32] 

What  substance  is  reduced  as  copper  is  oxidized  in  Equation  4.32?  In  this  case 

the  N02  results  from  the  reduction  of  NO3".  We  will  examine  reactions  of  this 
type  in  more  detail  in  Chapter  20. 

H  SAMPLE  EXERCISE  4.10  |  Determining  When  an  Oxidation-Reduction 
Reaction  Can  Occur 

Will  an  aqueous  solution  of  iron(II)  chloride  oxidize  magnesium  metal?  If  so,  write 
the  balanced  molecular  and  net  ionic  equations  for  the  reaction. 
Solution 

Analyze:  We  are  given  two  substances — an  aqueous  salt,  FeCl2,  and  a  metal,  Mg — 
and  asked  if  they  react  with  each  other. 
Plan:  A  reaction  will  occur  if  Mg  is  above  Fe  in  the  activity  series,  Table  4.5.  If  the  re- 

action occurs,  the  Fe~*  ion  in  FeCF  will  be  reduced  to  Fe,  and  the  elemental  Mg  will 

be  oxidized  to  Mg-+. 
Solve:  Because  Mg  is  above  Fe  in  the  table,  the  reaction  will  occur.  To  write  the  for- 

mula for  the  salt  that  is  produced  in  the  reaction,  we  must  remember  the  charges  on 

common  ions.  Magnesium  is  always  present  in  compounds  as  Mg2+;  the  chloride  ion 
is  Cl~.  The  magnesium  salt  formed  in  the  reaction  is  MgCl2,  meaning  the  balanced molecular  equation  is 

Mg(s)  +  FeCl2H)   »  MgCl2(rt<?)  +  Fe(s) 

Both  FeCl2  and  MgCl2  are  soluble  strong  electrolytes  and  can  be  written  in  ionic 
form.  CP,  then,  is  a  spectator  ion  in  the  reaction.  The  net  ionic  equation  is 

Mg(s)  +  Fe2+((?</)   *  Mg2+(aq)  +  Fe(s) 

The  net  ionic  equation  shows  that  Mg  is  oxidized  and  Fe~+  is  reduced  in  this  reaction. 
Check:  Note  that  the  net  ionic  equation  is  balanced  with  respect  to  both  charge  and  mass. 

■i  PRACTICE  EXERCISE 

Which  of  the  following  metals  will  be  oxidized  by  Pb(N03)2:  Zn,  Cu,  Fe? 
Answer:  Zn  and  Fe 

4.5  I  Concentrations  of  Solutions 

The  behavior  of  solutions  often  depends  not  only  on  the  nature  of  the  solutes 

but  also  on  their  concentrations.  Scientists  use  the  term  concentration  to  desig- 
nate the  amount  of  solute  dissolved  in  a  given  quantity  of  solvent  or  quantity  of 

solution.  The  concept  of  concentration  is  intuitive:  The  greater  the  amount 
of  solute  dissolved  in  a  certain  amount  of  solvent,  the  more  concentrated  the 

resulting  solution.  In  chemistry  we  often  need  to  express  the  concentrations  of 
solutions  quantitatively. 
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The  Aura  of  Gold 

/  old  has  been  known  since  the  earliest  records  of  human 

V_J  existence.  Throughout  history  people  have  cherished 
gold,  have  fought  tor  it,  and  have  died  for  it. 

The  physical  and  chemical  properties  of  gold  ser\e  to  make 

it  a  special  metal.  First,  its  intrinsic  beauty  and  rarity  make  it  pre- 
cious. Second,  gold  is  soft  and  can  be  easily  formed  into  artistic 

objects,  jewelry,  and  coins  (I  igure4.15  ►).  Third,  gold  is  one  of 
the  least  actiye  metals  (Table  4.3).  It  is  not  oxidized  in  air  and  does 
not  react  with  water.  It  is  unreactive  toward  basic  solutions  and 

nearly  all  acidic  solutions.  As  a  result,  gold  can  be  found  in  nature 

as  a  pure  element  rather  than  combined  with  oxygen  or  other  el- 
ements, which  accounts  for  its  early  discovery. 

Many  of  the  earls  studies  ot  the  reactions  ol  gold  arose 
from  the  practice  of  alchemy,  in  which  people  attempted  to 

turn  cheap  metals,  such  as  lead,  into  gold.  Alchemists  discov  - 
ered that  gold  can  be  dissolved  in  a  3 :  1  mixture  ot  concentrat- 

ed hydrochloric  and  nitric  acids,  known  as  aqua  regia  ("royal 
water").  The  action  of  nitric  acid  on  gold  is  similar  to  that  on 
copper  (Equation  4.32)  in  that  the  nitrate  ion,  rather  than  1 1  , 
oxidizes  the  metal  to  Au '  .  The  CI  ions  interact  with  Au  '  to 
form  highly  stable  AuCI  |  ions.  I  he  net  ionic  equation  lor  the 
reaction  of  gold  with  aqua  regia  is 

Au(.s)  +  NO-s  (aq)  +  4  11  (aq)  *  4  CI  {aq)   ► 

AuCl4  (aq)  *  2  I  U>(/)  t  NO(g) 

All  the  gold  ever  mined  would  easily  tit  in  a  cube  19  m  on  a 

side  and  weighing  about  I.I  •  10  kg  (123,000  tons).  M  ore  than 
90%  of  this  amount  has  been  produced  since  the  beginning  of  the 

California  gold  rush  of  1848.  Each  year,  worldwide  production  of 

gold  amounts  to  about  1.8  ■  10  kg  (2000  tons).  By  contrast, 
oyer  1.3  ■  10  kg  ( 16  million  tons)  of  aluminum  are  produced 

annually.  Cold  is  used  mainly  in  jewelry  (73%),  coins  ( 10"<>),  and 
electronics  (9%).  Its  use  in  electronics  relies  on  its  excellent  con- 

ductivity and  its  corrosion  resistance.  Cold  is  used,  for  example, 
to  plate  contacts  in  electrical  switches,  relays,  and  connections.  A 

typical  touch-tone  telephone  contain^  33  gold-plated  contacts. 
Cold  is  also  used  in  computers  and  other  microelectronic  devices 
where  fine  gold  wire  is  used  to  link  components. 

Because  of  its  resistance  to  corrosion  by  acids  and  other 
substances  found  in  saliva,  gold  is  an  ideal  metal  for  dental 
crowns  and  caps,  which  accounts  for  about  3%  of  the  annual 

use  of  the  element.  The  pun.'  metal  is  too  soft  to  use  in  den- 
tistry, so  it  is  combined  with  other  metals  to  form  alloys. 

Related  Exercise:  4»3 

-4  Figure  4.15  Portrait 
of  Pharaoh  Tutankhamun 

(1346-1337  bc)  made  of  gold  and 
precious  stones.  This  highly  prized 
article  is  from  the  inner  coffin 
of  the  tomb  of  Tutankhamun. 

STRATEGIES  IN  CI  IEM1STRY  |  Analyzing  Chemical  Reactions 

In  this  chapter  you  have  been  introduced  to  a  great  number 
of  chemical  reactions.  A  major  difficulty  that  students  face 

in  trying  to  master  material  of  this  sort  is  gaining  a  "feel"  for 
what  happens  when  chemicals  are  allowed  to  react.  In  fact, 
you  might  marvel  at  the  ease  with  which  your  professor  or 

teaching  assistant  can  figure  out  the  results  of  a  chemical  reac- 
tion. One  of  our  goals  in  this  textbook  is  to  help  you  become 

more  adept  at  predicting  the  outcome  of  reactions.  I  he  key  to 

gaining  this  "chemical  intuition"  is  understanding  how  to  cat- 
egorize reactions. 

There  are  so  many  individual  reactions  in  chemistry  that 
memorizing  them  all  is  a  futile  task.  It  is  far  more  fruitful  to  try 
to  use  pattern  recognition  to  determine  the  general  category  of 
a  reaction,  such  as  metathesis  or  oxidation-reduction.  Thus, 
when  you  are  faced  with  the  challenge  of  predicting  the  out- 

come of  a  chemical  reaction,  ask  yourself  the  follow  ing  perti- 
nent questions: 

•  What  are  the  reactants  in  the  reaction? 

•  Are  they  electrolytes  or  nonelectrolytes? 

•  Are  they  acids  and  bases? 

•  It  the  reactants  are  electrolytes,  will  metathesis  produce  a 
precipitate?  Water?  A  gas? 

•  If  metathesis  cannot  occur,  can  the  reactants  possibly  en- 

gage in  an  oxidation-reduction  reaction1  I  his  requires 
that  there  be  both  a  reactant  that  can  be  oxidized  and  one 
that  can  be  reduced. 

By  asking  questions  such  as  these,  you  should  be  able  to 
predict  what  might  happen  during  the  reac  lion.  You  might  not 
always  be  entirely  correct,  but  it  you  keep  your  w  its  about 
you,  you  will  not  be  far  off.  As  you  gam  experience  with 
chemical  reactions,  you  will  begin  to  look  lor  reactants  that 

might  not  be  immediately  obvious,  sue  h  as  w  ater  from  the  so- 
lution or  oxygen  from  the  atmosphere. 

(.  )ne  ot  the  greatest  tools  available  to  us  in  c  hemistry  is  ex- 
perimentation. If  you  perform  an  experiment  in  whii  h  two  so- 

lutions are  mixed,  you  can  make  observations  thai  help  you 

understand  what  is  happening.  For  example,  using  the  infor- 
mation in  Table  4.1  to  predict  whether  a  precipitate  will  form 

is  not  nearly  as  exciting  as  actually  seeing  the  prei  ipitate  form, 
as  m  Figure  4.4.  Careful  observations  in  the  laboratory  portion 
of  the  course  will  make  your  lecture  material  easier  to  master. 
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Pi 

(a) 

ANIMATION 
Solution  Formation  from  a  Solid 

(b) 
(c) (d) 

A  Figure  4.16   Procedure  for  preparation  of  0.250  L  of  1.00  M  solution  of  CuSO„.  (a)  Weigh  out 
0.250  mol  (39.9  g)  of  CuS04  (formula  weight  =  1 59.6  amu).  (b)  Put  the  CuS04  (solute)  into  a  250-mL 
volumetric  flask,  and  add  a  small  quantity  of  water,  (c)  Dissolve  the  solute  by  swirling  the  flask,  (d)  Add  more 
water  until  the  solution  just  reaches  the  calibration  mark  etched  on  the  neck  of  the  flask.  Shake  the  stoppered 
flask  to  ensure  complete  mixing. 

ANIMATION 
Dissolution  of  KMnO. 

Molarity 

Molarity  (symbol  A4)  expresses  the  concentration  of  a  solution  as  the  number  of 
moles  of  solute  in  a  liter  of  solution  (soln): 

moles  solute Molarity 
volume  of  solution  in  liters 

[4.33] 

A  1.00  molar  solution  (written  1.00  M)  contains  1.00  mol  of  solute  in  every  liter 

of  solution.  Figure  4.16  ▲  shows  the  preparation  of  250.0  mL  of  a  1.00  M  solu- 
tion of  C11SO4  by  using  a  volumetric  flask  that  is  calibrated  to  hold  exactly 

250.0  mL.  First,  0.250  mol  of  CuS04  (39.9  g)  is  weighed  out  and  placed  in  the 
volumetric  flask.  Water  is  added  to  dissolve  the  salt,  and  the  resultant  solution 

is  diluted  to  a  total  volume  of  250.0  mL.  The  molarity  of  the  solution  is 

(0.250  mol  C11SO4)/ (0.250  L  soln)  =  1.00  M. 

WM  SAMPLE  EXERCISE  4.11  |  Calculating  Molarity 

Cak  ulate  the  molarity  of  a  solution  made  bv  dissolving  23.4  g  of  sodium  sulfate  (Na^SC^)  in  enough  water  to  form  125  mL  of 
solution. 

Solution 

Analyze:  We  are  given  the  number  of  grams  of  solute  (23.4  g),  its  chemical  formula  (Na2S04),  and  the  volume  of  the  solution 
(125  mL),  and  we  are  asked  to  calculate  the  molarity  of  the  solution. 
Plan:  We  can  calculate  molarity  using  Equation  4.33.  To  do  so,  we  must  convert  the  number  of  grams  of  solute  to  moles  and  the 
volume  ol  the  solution  from  milliliters  to  liters. 

Solve:  The  number  of  moles  of 
Na2S04  is  obtained  by  using  its 
molar  mass: 

Converting  the  volume  of  the  solu- 
tion to  liters: 

Thus,  the  molarity  is 

1  mol  \a-6Q4  , 

Moles  Na2S04  =  (23.4  g-Na^SOj)  ,      ̂ t,_;^  )  =  0.165  mol  Na2S04 

Liters  soln  =  (125  jyttT) 
I  I 

1000  mt 

142^Na^SOl 

0.125  L 

0.165  mol  Na,S04           mol  Na,S04 
Molarity  =   ^tt^  r — 1  =  L32  ;  r — 1  =  1.32  M 0.125  L  soln L  soln 
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Check:  Because  the  numerator  is  onlv  slightly  larger  than  the  denominator,  it's  reasonable  for  the  answ  er  to  be  a  little  over  1  A I 
The  units  (mol/L)  are  appropriate  tor  molarity,  and  three  significant  figures  are  appropriate  for  the  answer  because  each  of  the 
initial  pieces  of  data  had  three  significant  figures. 

tm  PRACTICE  EXERCISE 

Calculate  the  molarity  of  a  solution  made  by  dissolving  5.00  g  of  glucose  (C(,H  |206)  in  sufficient  w  ater  to  form  exactly  100  mL  of 
solution. 
Answer:  0.278  M 

Expressing  the  Concentration  of  an  Electrolyte 

When  an  ionic  compound  dissolves,  the  relative  concentrations  of  the  ions  intro- 
duced into  the  solution  depend  on  the  chemical  formula  of  the  compound.  For 

example,  a  1.0  M  solution  of  NaCl  is  1.0  M  in  \a  ions  and  1.0  M  in  CI  ions. 

Similarly,  a  1.0  A/1  solution  of  Na2S04  is  2.0  M  in  \a '  ions  and  1.0  M  in  SQ42 
ions.  Thus,  the  concentration  of  an  electrolyte  solution  can  be  specified  either  in 

terms  of  the  compound  used  to  make  the  solution  (1.0  M  Na^SC^)  or  in  terms 

of  the  ions  that  the  solution  contains  (2.0  M  Na  '  and  1 .0  M  S042~). 

■■  SAMPLE  EXERCISE  4.12  |  Calculating  Molar  Concentrations  of  Ions 

What  are  the  molar  concentrations  of  each  of  the  ions  present  in  a  0.025  M  aqueous 
solution  of  calcium  nitrate? 

Analyze:  We  are  given  the  concentration  of  the  ionic  compound  used  to  make  the  so- 
lution and  asked  to  determine  the  concentrations  of  the  ions  in  the  solution 

Plan:  We  can  use  the  subscripts  in  the  chemical  formula  of  the  compound  to  deter- 
mine the  relative  concentrations  of  the  ions. 

Solve:  Calcium  nitrate  is  composed  of  calcium  ions  (Ca  )  and  nitrate  ions  (NO3  ),  so 

its  chemical  formula  is  Ca(NO-,)2-  Because  there  are  two  NO-,  ions  for  each  Ca  '  ion  in 
the  compound,  each  mole  of  Ca(NO-,)->  that  dissolves  dissociates  into  1  mol  of  Ca- '  and 
2  mol  of  NO3'.  Thus,  a  solution  that  is  0.025  M  in  Ca(N03)2  is  0.025  M  in  Ca2"1 
and  2  X  0.025  M  =  0.050  M  in  NO-,  . 
Check:  The  concentration  of  NO-,  ions  is  twice  that  of  Ca  ions,  as  the  subscript  2 
after  the  NOV  in  the  chemical  formula  CafNO-,):  suggests  it  should  be. 

■  PRACTICE  EXERCISE 

What  is  the  molar  concentration  of  K '  ions  in  a  0.015  M  solution  of  potassium carbonate? 

Answer:  0.030  M  K+ 

Interconverting  Molarity,  Moles,  and  Volume 

The  definition  of  molarity  (Equation  4.33)  contains  three  quantities — molarity, 
moles  solute,  and  liters  of  solution.  II  we  know  any  two  of  these,  we  can  calcu- 

late the  third.  For  example,  if  we  know  the  molarity  of  a  solution,  we  can 
calculate  the  number  of  moles  ot  solute  in  a  given  volume.  Molarity,  therefore, 
is  a  conversion  factor  between  volume  of  solution  and  moles  ot  solute.  Calcula- 

tion of  the  number  of  moles  of  HNO3  in  2.0  L  of  0.200  A I  1 IXO-  solution  illus- 
trates the  conversion  of  volume  to  moles: 

Solution 

=  0.40  mol  HNO, 

Dimensional  analysis  can  be  used  in  this  conversion  if  we  express  molarity  as 
moles/liter  soln.  To  obtain  moles,  therefore,  we  multiply  liters  and  molarity: 

moles  =  liters  ■  molarity  =  liters"  <  moles/ JiteT. 
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To  illustrate  the  conversion  of  moles  to  volume,  let's  calculate  the  volume 
of  0.30  M  HNCh  solution  required  to  supply  2.0  mol  of  HNOv 

Liters  soln  =  (2.0  W44NOT)(  n     *  L  f/lL^  )  =  6.7  L  soln \0.30  mef++NOT  / 

In  this  case  we  must  use  the  reciprocal  of  molarity  in  the  conversion: 

liters  =  moles  X  1  A 1  =  -twoies"  x  liters-  -mote'. 

■i  SAMPLE  EXERCISE  4.13  |  Using  Molarity  to  Calculate  Grains  of  Solute 

How  many  grams  of  \;a2SQ4  are  required  to  make  0.350  L  of  0.500  M  Na2S04? 
Solution 
Analyze:  We  are  given  the  volume  of  the  solution  (0.350  L),  its  concentration 
(0.500  M),  and  the  identity  of  the  solute  (Na2S04)  and  asked  to  calculate  the  number 
of  grams  of  the  solute  in  the  solution. 
Plan:  We  can  use  the  definition  of  molarity  (Equation  4.33)  to  determine  the  number  of 
moles  of  solute,  and  then  convert  moles  to  grams  using  the  molar  mass  of  the  solute. 

moles  \a^S04 

MNa2S04  =  — 7T.  j  

-    4        liters  soln 

Solve:  Calculating  the  moles  of  Na2S04  using  the  molarity  and  volume  of  solution 

gives 
moles  \'aiSQ4 

MNa,so4  =  — FI  1  
-    4         liters  soln 

Moles  Na2S04  =  liters  soln  x  MNa,go4 

,  0.500  mol  Na,S04 

(0.350  T^otrr)' 
1  •L-sotrT 

=  0.175  mol  Na2S04 

Because  each  mole  of  Na2S04  weighs  142  g,  the  required  number  of  grams  of  Na2S04  is 

/  142  g  Na,S04  \ 

Grams  Xa^SO      (0  175  mol  Xn-StA  1  "        )  24>»g\a^S04 
\  1  j3^ohNa2504"  / 

Check:  The  magnitude  of  the  answer,  the  units,  and  the  number  of  significant  figures 
are  all  appropriate. 

IB  PRACTICE  EXERCISE 

(a)  How  many  grams  of  Na2S04  are  there  in  15  mL  of  0.50  M  Na2S04?  (b)  How  many 
milliliters  of  0.50  M  Na2S04  solution  are  needed  to  provide  0.038  mol  of  this  salt? 
Answers:  (a)  1.1  e,  (b)  76  mL 

ANIMATION 
Solution  Formation  by  Dilution 

Dilution 

Solutions  that  are  used  routinely  in  the  laboratory  are  often  purchased  or  pre- 
pared in  concentrated  form  (called  stock  solutions).  Hydrochloric  acid,  for  exam- 

ple, is  purchased  as  a  12  M  solution  (concentrated  HC1).  Solutions  of  lower 

concentrations  can  then  be  obtained  by  adding  water,  a  process  called  dilution.* 
To  illustrate  the  preparation  of  a  dilute  solution  from  a  concentrated  one, 

suppose  we  wanted  to  prepare  250.0  mL  (that  is,  0.250  L)  of  0.100  M  CuS04  so- 
lution by  diluting  a  stock  solution  containing  TOO  M  CuS04.  When  solvent  is 

added  to  dilute  a  solution,  the  number  of  moles  of  solute  remains  unchanged. 

Moles  solute  before  dilution  =  moles  solute  after  dilution [4.34] 

•  In  diluting  a  concentrated  acid  or  base,  the  acid  or  base  should  be  added  to  water  and  then  further 
diluted  by  adding  more  water.  Adding  water  directly  to  concentrated  acid  or  base  can  cause  spat- 

tering because  of  the  intense  heat  generated. 
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Drinking  Too  Much  Water  Can  Kill  You |      CHEMISTRY  AND  LIFH 

For  a  long  time  it  was  thought  that  dehydration  was  a  po- 
tential danger  tor  people  engaged  in  extended  vigorous 

activity.  Thus,  athletes  were  encouraged  to  drinks  lots  of  water 

while  engaged  in  active  sport.  The  trend  toward  extensive  hy- 
dration has  spread  throughout  society;  many  people  carry 

water  bottles  everywhere  and  dutifully  keep  well  hydrated. 
It  turns  out,  though,  that  in  some  ^  ire  umstan<  es,  drinking 

too  much  water  is  a  greater  danger  than  not  drinking  enough. 
Excess  water  consumption  can  lead  to  hyponatremia,  a  condi- 

tion in  which  the  concentration  ol  sodium  ion  in  the  blood  is 

too  low.  In  the  past  decade  at  least  lour  marathon  runners 
have  died  trom  hvponatremia-related  trauma,  and  do/ens 
more  have  become  seriously  ill.  l  or  example,  .1  first-time 
marathoner  named  I  Hilary  Bellamy,  running  in  the  Marine 
Corps  marathon  in  2003,  collapsed  near  mile  22  and  died  the 
next  day.  One  physician  who  treated  her  said  that  she  died 
from  hyponatremia-induced  brain  swelling,  the  result  of 
drinking  too  much  water  before  and  during  the  race. 

The  normal  blood  sodium  level  is  135  to  I4^>  mM.  When 
that  level  drops  to  as  low  as  125  mM,  dizziness  and  contusion  set 
in.  A  concentration  below  120  mM  tan  be  critical.  I  ow  sodium 

level  in  the  blood  causes  brain  tissue  to  swell.  Dangerously  low 
levels  can  occur  in  a  marathon  runner  or  other  active  athlete 

who  is  sweating  out  salt  at  the  same  time  th.it  excessive  salt-free 
water  is  being  drunk  to  compensate  tor  water  loss.  The  condi- 

tion affects  women  more  than  men  because  ol  their  generally 

different  body  composition  and  patterns  ol  metabolism.  Drink- 
ing a  sport  drink,  such  as  Gatorade,  which  contains  some  elec- 

trolytes, helps  to  prevent  hyponatremia.  (Figure  4. 17  ►) 

Contrary  to  popular  belief,  dehydration  is  not  as  likely  as 
overhydration  to  present  a  lite-threatening  situation,  though  it 
can  contribute  to  heat  stroke  when  the  temperature  is  high 

Athletes  frequently  lose  several  pounds  in  the  course  ol  ex- 
treme workouts,  all  in  the  form  ot  water  loss,  with  no  lasting 

adverse  effects.  When,  tor  instance,  Amhv  Burfoot  ran  in  the 

Boston  Marathon  in  1968,  his  body  weight  went  trom  138  to 

124  pounds  during  the  race.  I  le  lost  ii.^"..  ot  his  body  weight 
while  winning  the  men's  competition  that  year.  Weight  losses 
of  this  magnitude  are  typical  ol  elite  marathon  runners,  who 

produce  tremendous  amounts  of  heat  and  sweat  and  can't  af- ford to  slow  down  for  much  drinking. 
Related  Exercises:  4.63,  4.64 

▲  Figure  4.17   Water  stations.  To  help  prevent  overhydration,  the 
number  of  water  stations  such  as  this  one  has  been  reduced  in  many 
marathon  events. 

Because  we  know  both  the  volume  and  concentration  of  the  dilute  solution,  we 

can  calculate  the  number  of  moles  of  C11SO4  it  contains. 

/         mol  C11SO4 
Moles  Q1SO4  in  dil  soln     (0.250  L  sotn)  0.100 

\  I  soln 
0.0250  mol  CuS04 

Now  we  can  calculate  the  volume  ol  the  concentrated  solution  needed  to  pro- 
vide 0.0250  mol  CuS04: 

Liters  of  cone  soln  =  (0.0250  rnot-GtrSOT))        1  L  ̂n        J  =  0.0250  L \  1 .00  mol-toS04  / 

Thus,  this  dilution  is  achie\  ed  by  w  ithdrawing  0.0230  L  (that  is,  25.0  mL)  of  the 

1.00  M  solution  using  a  pipet,  adding  it  to  a  250-mL  volumetric  flask,  and  then 
diluting  it  to  a  final  volume  of  250.0  mL,  as  shown  in  Figure  4.  IS  ►.  Notice  that 
the  diluted  solution  is  less  intensely  colored  than  the  concentrated  one. 

In  laboratory  situations,  calculations  of  this  sort  are  often  made  very  quick- 
ly with  a  simple  equation  that  can  be  derived  by  remembering  that  the  number 

of  moles  of  solute  is  the  same  in  both  the  concentrated  and  dilute  solutions  and 

that  moles  =  molarity  X  liters: 

Moles  solute  in  cone  soln      moles  solute  in  dil  soln 

Mconc  x  Vcon<  =  Mdi,  x  VM  [4.35] 
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(a) 
(b) 

(c) 

Q    GIVE  IT  SOME  THOUGHT 

►  Figure  4.18   Procedure  for  preparing 
250  ml  of  0.100  M  CuSO„  by  dilution  of 
1.00/WCuSO4.  (a)  Draw  25.0  mt  of  the  1.00 /W 
solution  into  a  pipet.  (b)  Add  this  to  a  250-mt 
volumetric  flask,  (c)  Add  water  to  dilute  the 
solution  to  a  total  volume  of  250  mL. 

How  is  the  molarity  of  a  0.50  M  KBr  solution  changed  when  water  is  added  to  dou- 
ble its  volume? 

The  molarity  of  the  more  concentrated  stock  solution  (A4COIK)  is  always  larger 

than  the  molarity  of  the  dilute  solution  (Mhji).  Because  the  volume  of  the  solu- 

tion increases  upon  dilution,  Vj,|  is  always  larger  than  Vconc.  Although  Equa- 
tion 4.35  is  derived  in  terms  of  liters,  any  volume  unit  can  be  used  as  long  as 

that  same  unit  is  used  on  both  sides  of  the  equation.  For  example,  in  the  calcu- 
lation we  did  for  the  CuSG4  solution,  we  have 

Solving  for  Va„u  gives  V^onc  =  25.0  mL  as  before. 

■  SAMPLE  EXERCISE  4.14  |  Preparing  a  Solution  by  Dilution 

How  many  milliliters  of  3.0  M  H2SQ4  are  needed  to  make  450  mL  of  0.10  M  H2S04? 
Solution 

Analyze:  We  need  to  dilute  a  concentrated  solution.  We  are  given  the  molarity  of  a 
more  concentrated  solution  (3.0  M)  and  the  volume  and  molarity  of  a  more  dilute  one 
containing  the  same  solute  (450  mL  of  0.10  M  solution).  We  must  calculate  the  volume 
of  the  concentrated  solution  needed  to  prepare  the  dilute  solution. 
Plan:  We  can  calculate  the  number  of  moles  of  solute,  H2S04,  in  the  dilute  solution 
and  then  calculate  the  volume  of  the  concentrated  solution  needed  to  supply  this 

amount  of  solute.  Alternatively,  we  can  directly  apply  Equation  4.35.  Let's  compare the  two  methods. 
Solve:  Calculating  the  moles  of  H2S04  in  the  dilute  solution: 

Calculating  the  volume  of  the  concentrated  solution  that  contains  0.045  mol  H2S04: 

(1.00  M)(Vconc)  =  (0.100  M)(250  mL) 

Moles  H2S04  in  dilute  solution  =  (0.450  -L-sohT) 

=  0.045  mol  H2S04 

Conv  erting  liters  to  milliliters  giv  es  15  mL. 
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s.  ml 

If  we  apply  Equation  4.35,  we  get  the  same  result: 

(3.0  M)(Vconc)  =  (0.10  M)(450  mL) 

_  (0.10  M)(450mL) 

Either  way,  we  see  that  if  we  shu  t  with  15  mL  of  3.0  M  H:S04  and  dilute  it  to  a  total 
volume  of  450  mL,  the  desired  0. 1 0  A I  solution  will  be  obtained. 
Check:  The  cal<  ulated  \  olume  seems  reasonable  because  a  small  volume  of  concen- 

trated solution  is  used  to  prepare  a  large  volume  of  dilute  solution. 

Hi  PRACTICE  EXERCISE 

(a)  What  volume  of  2.50  M  lead(II)  nitrate  solution  contains  0.0500  mol  of  Pb2+? 
(b)  I  low  many  milliliters  of  5.0  M  K?Cr207  solution  must  be  diluted  to  prepare 
250  mL  of  0.10  A1  solution1  (c)  If  10.0  ml  of  a  10.0  M  stock  solution  of  NaOl  I  is  dilut- 

ed to  250  mL,  what  is  the  cone entration  ot  the  resulting  stock  solution? 
Answers:  (a)  0.0200  I.     20.0  ml .,  (b)  5.0  mL,  (c)  0.40  M 

;  4.6  [  Solution  Stoichiometry  and  Chemical  Analysis 

Imagine  that  you  have  to  determine  the  concentrations  of  several  ions  in  a  sam- 
ple of  lake  water.  Although  many  instrumental  methods  have  been  developed 

for  such  analyses,  chemical  reactions  such  as  those  discussed  in  this  chapter 
i  continue  to  be  used.  In  Chapter  3  we  learned  that  if  vou  know  the  chemical 

equation  and  the  amount  of  one  reactant  consumed  in  the  reaction,  vou  can  cal- 
culate the  quantities  of  other  reactants  and  products.  In  this  section  we  briefly 

explore  such  analyses  of  solutions. 
Recall  that  the  coefficients  in  a  balanced  equation  give  the  relative  number 

of  moles  of  reactants  and  products.  To  use  this  information, 
we  must  convert  the  quantities  of  substances  involved  in  a  reaction  into  moles. 

When  we  are  dealing  with  grams  of  substances,  as  we  were  in  Chapter  3,  we 

use  the  molar  mass  to  achiev  e  this  conversion.  When  we  are  working  with  so- 
lutions of  known  molarity,  howev  er,  we  use  molarity  and  volume  to  determine 

the  number  of  moles  (moles  solute  =  M  ■  L).  Figure  4.19  ▼  summarizes  this 
approach  to  using  stoichiometry. 

Grams  of  A Molar  mass 
of  A 

M  =  mol/L  — # 
Volume  or 

molarity  of  A 

Stoichiometric 
coefficients 

Grams  of  B Molar  mass 
of  B 

A1  =  mol/L 
Volume  or 

molarity  of  B 

▲  Figure  4.19  Problem-solving  procedure.  Outline  of  the  procedure  used  to  solve  stoichiometry 
problems  that  involve  measured  (laboratory)  units  of  mass,  solution  concentration  (molarity),  or  volume. 
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■H  SAMPLE  EXERCISE  4.15  |  Using  Mass  Relations  in  a  Neutralization  Reaction 

How  many  grams  of  Ca(OH)2  are  needed  to  neutralize  25.0  mL  of  0.100  M  HN03? 

Solution 
Analyze:  The  reactants  arc  an  acid,  I  INCH,  and  a  base,  Ca(OH)2.  The  volume  and 
molarity  of  HNO?  are  given,  and  we  are  asked  how  many  grams  of  Ca(OH)2  are 
needed  to  neutralize  this  quantity  of  HNO3. 
Plan:  We  can  use  the  molarity  and  volume  of  the  HNO3  solution  to  calculate  the 
number  of  moles  of  HNO3.  We  then  use  the  balanced  equation  to  relate  the  moles  of 
HNO^  to  moles  of  Ca(OH)2.  Finally,  we  can  convert  moles  of  Ca(OH)2  to  grams. 
These  steps  can  be  summarized  as  follows: 

L.HNO3  x  MHN03=*mol  HN03=>molCa(OH)2=>gCa(OH)2 
Solve:  The  product  of  the  molar  concentration  of  a  solution  and  its  volume  in  liters 
gives  the  number  of  moles  of  solute: 

/        mol  HNO- 
Moles  HNOi  =  Lhno3  x  MHN03  =  (0.0250  H)\  0.100— 

=  2.50  x  10^  mol  HN03 

Because  this  is  an  acid-base  neutralization  reaction,  HN03  and  Ca(OH)2  react  to  form 

H20  and  the  salt  containing  Ca2*  and  NO,  : 

2  HN03(a<7)  +  Ca(OH)2(s)   ►  2  H20(/)  +  Ca(N03)2(«^) 

Thus,  2  mol  HNO3  -  1  mol  Ca(OH)2.  Therefore, 

,  /  1  mol  Ca(OH),  V  741  8  Ca(OH)2  \ 
GramSCa(OH>2  -  (2.50  x  lo-'j^t-HNO^  2 )[,  mol Ca(OH,;  j =  0.0926  g  Ca(OH)2 

Check:  The  size  of  the  answer  is  reasonable.  A  small  volume  of  dilute  acid  will  re-  j 
quire  only  a  small  amount  of  base  to  neutralize  it. 

Hi  PRACTICE  EXERCISE 

(a)  How  many  grams  of  NaOH  are  needed  to  neutralize  20.0  mL  of  0.150  M  H2S04 
solution?  (b)  How  many  liters  of  0.500  M  HC\(aq)  are  needed  to  react  completely  with 
0.100  mol  of  Pb(NOj^j),  forming  a  precipitate  of  PbCK(s)? 
Answers:  (a)  0.240  g^b)  0.400  L 

ANIMATION 
Acid-Base  Titration 

Concepts  in  Acid-Base  Titrations 

Titrations 

To  determine  the  concentration  of  a  particular  solute  in  a  solution,  chemists 
often  carry  out  a  titration,  which  involves  combining  a  sample  of  the  solution 
with  a  reagent  solution  of  known  concentration,  called  a  standard  solution. 

Titrations  can  be  conducted  using  acid-base,  precipitation,  or  oxidation- 
reduction  reactions.  Suppose  we  have  an  HC1  solution  of  unknown  concentra- 

tion and  an  NaOH  solution  we  know  to  be  0.100  M.  To  determine  the 

concentration  of  the  HC1  solution,  we  take  a  specific  volume  of  that  solution, 

say  20.00  mL.  We  then  slowly  add  the  standard  NaOH  solution  to  it  until  the 
neutralization  reaction  between  the  HC1  and  NaOH  is  complete.  The  point  at 

which  stoichiometrically  equivalent  quantities  are  brought  together  is  known 
as  the  equivalence  point  of  the  titration. 

9 GIVE  IT  SOME  THOUGHT 

25.00  mL  of  a  0.100  M  HBr  solution  is  titrated  with  a  0.200  M  NaOH  solution.  How 

many  mL  of  the  NaOH  solution  are  required  to  reach  the  equivalence  point? 

In  order  to  titrate  an  unknown  with  a  standard  solution,  there  must  be 

some  way  to  determine  when  the  equivalence  point  of  the  titration  has  been 
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(a) (b) 

(c) 

A  Figure  4.20   Change  in  appearance  of  a  solution  containing  phenolphthalein  indicator  as  base 
is  added.  Before  the  end  point,  the  solution  is  colorless  (a).  As  the  end  point  is  approached,  a  pale  pink  color 
forms  where  the  base  is  added  (b).  At  the  end  point,  this  pale  pink  color  extends  throughout  the  solution  after 
mixing.  As  even  more  base  is  added,  the  intensity  of  the  pink  color  increases  (c). 

reached.  In  acid-base  titrations,  dyes  known  as  acid-base  indicators  are  used 
for  this  purpose.  For  example,  the  dve  known  as  phenolphthalein  is  colorless  in 
acidic  solution  but  is  pink  in  basic  solution.  If  we  add  phenolphthalein  to  an 
unknown  solution  of  acid,  the  solution  will  he  colorless,  as  seen  in 

Figure  4.20(a)  ▲.  We  can  then  add  standard  base  from  a  buret  until  the  solution 

barely  turns  from  colorless  to  pink,  as  seen  in  Figure  4.20(b).  This  color  change 
indicates  that  the  acid  has  been  neutralized  and  the  drop  of  base  that  caused  the 
solution  to  become  colored  has  no  acid  to  react  with.  The  solution  therefore  be- 

comes basic,  and  the  dve  turns  pink.  The  color  change  signals  the  end  point  of 
the  titration,  which  usually  coincides  very  nearly  with  the  equivalence  point. 
Care  must  be  taken  to  choose  indicators  whose  end  points  correspond  to  the 
equivalence  point  of  the  titration.  We  w  ill  consider  this  matter  in  Chapter  17. 
The  titration  procedure  is  summarized  in  Figure  4.21  T. 

Pi 
ACTIVITY 
Acid  Base  Titration 

20.0  mL  of 
acid 
solution 

Pi  pet 

Initial  volume reading 

Buret 

Standard 
Na(  >1  I 
solution Final  volume 

read  i  1 r.; 

Neutralized 
solution 

(indicator has  changed ;olor) 

■4  Figure  4.21  Procedure  for  titrating  an 
acid  against  a  standardized  solution  of 
NaOH  (a)  A  known  quantity  of  acid  is  added  to  a 
flask,  (b)  An  acid-base  indicator  is  added,  and 
standardized  NaOH  is  added  from  a  buret, 

(c)  The  equivalence  point  is  signaled  by  a  color 
change  in  the  indicator. 

(a) (b) 

(,  ) 
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H  SAMPLE  EXERCISE  4.16  |  Determining  the  Quantity  of  Solute  by  Titration 

The  quantity  of  CI  in  a  municipal  water  supply  is  determined  by  titrating  the  sam- 
ple with  Ag4  .  The  reaction  taking  place  during  the  titration  is 

Ag  (,;I?)  +  C\  (aq)   ►  AgCl(s) 

The  end  point  in  this  type  of  titration  is  marked  by  a  change  in  color  of  a  special  type 
of  indicator,  (a)  How  many  grams  of  chloride  ion  are  in  a  sample  of  the  water  if 
20.2  mL  of  0.100  M  Ag  is  needed  to  react  with  all  the  chloride  in  the  sample?  (b)  If 
the  sample  has  a  mass  of  10.0  g,  what  percent  CI  does  it  contain? 

Solution 

Analyze:  We  are  given  the  volume  (20.2  mL)  and  molarity  (0.100  M)  of  a  solution  of 

Ag+  and  the  chemical  equation  for  reaction  of  this  ion  with  CI  .  We  are  asked  first  to 
calculate  the  number  of  grams  of  CI  in  the  sample  and,  second,  to  calculate  the  mass 

percent  of  Cl~  in  the  sample. 
(a)  Plan:  We  begin  by  using  the  volume  and  molarity  of  Ag+  to  calculate  the  number 
of  moles  of  Ag+  used  in  the  titration.  We  can  then  use  the  balanced  equation  to  deter- 

mine the  moles  of  CI   in  the  sample  and  from  that  the  grams  of  CP. 

Solve: 
/     1  Lsoln     \/        mol  Ae*  \ 

Moles  Ag"  .  (20.2  BfaoW)(  1000 .^J^O-IOO-^- 1 
2.02  X  10  'mol  Ag 

From  the  balanced  equation  we  see  that  1  mol  Ag+  ̂   1  mol  CI  .  Using  this  informa- tion and  the  molar  mass  of  CI,  we  have 

,  /  1  mol  CP  V  35.5  gCl"  \ Grams  CI    =  (2.02  x  10~3  jnaLAiT)  — ^i^i^   &^ h    \1  JBeTAg^A1  mol  ClJ 

=  7.17  x  L0_2gCr 

(b)  Plan:  To  calculate  the  percentage  of  CI  in  the  sample,  we  compare  the  number  of  f 

grams  of  CP  in  the  sample,  7.17  X  10  2  g,  with  the  original  mass  of  the  sample,  10.0  g.  II 

7.17  x  10"3g 
Solve:  Percent  CP  =   x  1007,,  =  0.717%  CP 

10.0  g 

Comment:  Chloride  ion  is  one  of  the  most  common  ions  in  water  and  sewage.  Ocean 

water  contains  1.92"..  CP  Whether  water  containing  CP  tastes  salty  depends  on  the 
other  ions  present.  If  the  only  accompanying  ions  are  Na^,  a  salty  taste  may  be  de- tected with  as  little  as  0.03%  CP. 

WM  PRACTICE  EXERCISE 

A  sample  of  an  iron  ore  is  dissolved  in  acid,  and  the  iron  is  converted  to  Fe2_.  The 
sample  is  then  titrated  with  47.20  mL  of  0.02240  M  MnO_P  solution.  The  oxidation- 
reduction  reaction  that  occurs  during  titration  is  as  follows: 

MnCV(<?(j)  +  5Fe2'(m/)  +  8H~(aq)   *  Mn2'(nq)  +  5Fe3+(fl^)  +  4  H20(/) 
(a)  How  many  moles  of  MnOp  were  added  to  the  solution?  (b)  How  many  moles  of 

Fe_*  were  in  the  sample?  (c)  How  manv  grams  of  iron  were  in  the  sample?  (d)  If  the 
sample  had  a  mass  of  0.8890  g,  what  is  the  percentage  of  iron  in  the  sample? 

Answers:  (a)  1.057  x  10~3  mol  MnOp,  (b)  5.286  x  10"?  mol  Fe2^,  (c)  0.2952  g, (d)  33.21% 

■I  SAMPLE  EXERCISE  4.17  |  Determining  Solution  Concentration  Via  an  Acid- Base  Titration 

One  commercial  method  used  to  peel  potatoes  is  to  soak  them  in  a  solution  of  NaOH 
for  a  short  time,  remove  them  from  the  NaOH,  and  spray  off  the  peel.  The  concentra- 

tion of  NaOH  is  normally  in  the  range  of  3  to  6  M.  The  NaOH  is  analyzed  periodical- 
ly. In  one  such  analysis,  45.7  mL  of  0.500  M  H2S04  is  required  to  neutralize  a  20.0-mL 

sample  of  NaOH  solution.  What  is  the  concentration  of  the  NaOH  solution? 

Solution 

Analyze:  We  are  given  the  volume  (45.7  mL)  and  molarity  (0.500  M)  of  an  H2S04  so- 
lution that  reacts  completely  with  a  20.0-mL  sample  of  NaOH.  We  are  asked  to  calcu- 

late the  molarity  of  the  NaOH  solution. 



4.6 
Solution  StoicTiiometrv  and  Chemical  Analysis 

Plan:  Wo  can  use  the  volume  and  molarity  of  the  H2SO4  to  calculate  the  number  of 
moles  of  this  substance.  Then,  we  can  use  this  quantity  and  the  balanced  equation  for 
the  reaction  to  calculate  the  number  of  moles  of  NaOH.  Finally,  we  can  use  the  moles 
of  NaOH  and  the  volume  of  this  solution  to  calculate  molarity. 

Solve:  The  number  of  moles  of  ICS(  )4  is  given  by  the  product  of  the  volume  and  mo- 
larity of  this  solution: 

Moles  H2S04  =  (45.7  m!  soin 
1  L  soln 

1000  mfe-soifi 

2.2S  <  10"2  mol  H:S04 

0.31H) 

mol  H2SQ4 

L  soln 

Acids  react  with  metal  hydroxides  to  form  water  and  a  salt.  Thus,  the  balanced  equa- 
tion for  the  neutralization  reaction  is 

H2S04((?(/)  +  2  NaOl  i(aq)   »  2  H20(/)  t  Na2S04(fl^) 

According  to  the  balanced  equation,  1  mol  1 CS04     2  mol  NaOH.  Therefore, 

2  mol  NaOH 
Moles  NaOH (2.28  •  10  -  mu\  H:SO, 

4.56  >  10  2  mol  NaOH 

I  rm4tt2S04 

Knowing  the  number  of  moles  of  NaOH  present  in  20.0  ml.  of  solution  allows  lis  to 
calculate  the  molarity  of  this  solution: 

Molarity  NaOl  I 
mol  NaOH 4.56  -   10  :  mol  NaOH  \/  lOOOmf^oiTrA 

20.0  ml,  soin        )\     1  L  soln  / 

mol  NaOH 
2.2S  M .28 

I .  soln 

MM  PRACTICE  EXERCISE 

What  is  the  molarity  of  an  NaOH  solution  if  48.0  ml.  is  needed  to  neutralize  35.0  ml. 
of  0.144  M  H2S04? 
Answers:  0.210  M 

■  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

Note:  Integrative  exercises  require  skills  from  earlier  chapters  as  well  as  ones  from 
the  present  chapter. 

A  sample  of  70.5  mg  of  potassium  phosphate  is  added  to  15.0  ml.  of  0. 050  M  sil- 
ver nitrate,  resulting  in  the  formation  of  a  precipitate,  (a)  Write  the  molecular  equa- 
tion for  the  reaction,  (b)  What  is  the  limiting  reactant  in  the  reaction?  (c)  Calculate  the 

theoretical  yield,  in  grams,  of  the  precipitate  that  forms. 

Solution  (a)  Potassium  phosphate  and  silver  nitrate  are  both  ionic  compounds  Potassi- 

um phosphate  contains  K  and  P04 1  ions,  so  its  chemical  formula  is  K3PO4.  Silver  ni- 
trate contains  Ag+  and  NOs  ions,  so  its  chemical  formula  is  AgNOv  Because  both 

reactants  are  strong  electrolvtes,  the  solution  contains  K  ,  P04 1  ,  Ag',  and  NO-  10ns 
before  the  reaction  occurs.  According  to  the  solubility  guidelines  in  Table  4.1,  Ag  and 

P043~  form  an  insoluble  compound,  so  Ag3P04  will  precipitate  from  the  solution.  In 
contrast,  K+  and  NOi  will  remain  in  solution  because  KNOi  is  water  soluble.  Thus,  the 
balanced  molecular  equation  for  the  reaction  is 

K^PO40?(/)  +  3AgN03(flt?)   *  Ag-,P04(s)  +  3 KN03(^) 

(b)  To  determine  the  limiting  reactant,  we  must  examine  the  number  of  moles  of 
each  reactant.  The  number  of  moles  of  K^P04  is  calculated  from  the 
mass  of  the  sample  using  the  molar  mass  as  a  conversion  factor.  The 
molar  mass  of  rC,P04  is  3(39.1)  +  31.0  +  4(16.0)  =  212.3 g/mol.  Converting  mil- 

ligrams to  grams  and  then  to  moles,  we  have 

/10  3  gK^P04  \/   1  mol  K,P04  \ 
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We  determine  the  number  of  moles  of  AgNOi  from  the  volume  and  molarity  of  the 
solution.  ^)  Converting  milliliters  to  liters  and  then  to  moles,  we  have 

(15.0  mi  ) 
10  1  L  \/ 0.050  mol  AgNOi 1  -PFirt 7.5  x  10  4  mol  AgNCh 

Comparing  the  amounts  of  the  two  reactants,  we  find  that  there  are 

(7.5  x  10"4)/(3.32  X  10  4)  =  2.3  times  as  m'anj  moles  of  AgN03  as  there  are  moles of  K3PO4.  According  to  the  balanced  equation,  howev  er,  1  mol  K3PO4  requires  3  mol 
of  AgNO-,.  Thus,  there  is  insufficient  AgNO,  to  consume  the  K3PO4,  and  AgNO^  is 
the  limiting  reactant. 

(c)  The  precipitate  is  Agd'04,  whose  molar  mass  is  3(107.9)  +  31.0  +  4(16.0)  = 
418.7  g/mol.  To  calculate  the  number  of  grams  of  Agd'04  that  could  be  produced  in 
this  reaction  (the  theoretical  yield),  we  use  the  number  of  moles  of  the  limiting  reac- 

tant, converting  mol  AgNO}  =>  mol  Ag-,PC>4  =>  g  AgnP04.  We  use  the  coefficients  in 
the  balanced  equation  to  convert  moles  of  AgNO-,  to  moles  Ag}P04,  and  we  use  the 
molar  mass  of  Ag3P04  to  convert  the  number  of  moles  of  this  substance  to  grams. 

(7.5  x  10^4  jnoTAgNOT) 
1  mol  Ag^P04  \/418.7  g  Ag3P04 

\  3  jnol-AgNOT  J\  1  mol  AgvN04 

0.10gAg,PO4 

The  answer  has  only  two  significant  figures  because  the  quantity  of  AgNO^  is  given 
to  only  two  significant  figures. 

SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  4.1  Solutions  in  which  water 

is  the  dissolving  medium  are  called  aqueous  solutions. 

The  component  of  the  solution  that  is  in  the  greater  quanti- 
ty is  the  solvent.  The  other  components  are  solutes. 
Any  substance  whose  aqueous  solution  contains  ions 

is  called  an  electrolyte.  Any  substance  that  forms  a  solu- 
tion containing  no  ions  is  a  nonelectrolyte.  Those  elec- 

trolytes that  are  present  in  solution  entirely  as  ions  are 
strong  electrolytes,  whereas  those  that  are  present  partly 
as  ions  and  partly  as  molecules  are  weak  electrolytes. 
Ionic  compounds  dissociate  into  ions  when  they  dissolve, 

and  they  are  strong  electrolytes.  The  solubility  of  ionic  sub- 
stances is  made  possible  by  solvation,  the  interaction  of 

ions  with  polar  solvent  molecules.  Most  molecular  com- 
pounds are  nonelectrolytes,  although  some  are  weak  elec- 

trolytes and  a  few  are  strong  electrolytes.  When 

representing  the  ionization  of  a  weak  electrolyte  in  solu- 
tion, a  double  arrow  is  used,  indicating  that  the  forward 

and  reverse  reactions  can  achieve  a  chemical  balance 

called  a  chemical  equilibrium. 

Section  4.2  Precipitation  reactions  are  those  in  which 

an  insoluble  product,  called  a  precipitate,  forms.  Solubil- 
ity guidelines  help  determine  whether  or  not  an  ionic 

compound  will  be  soluble  in  water.  (The  solubility  of  a 

substance  is  the  amount  that  dissolves  in  a  given  quanti- 
ty of  solvent.)  Reactions  such  as  precipitation  reactions, 

in  which  cations  and  anions  appear  to  exchange  partners, 
are  called  exchange  reactions,  or  metathesis  reactions 

Chemical  equations  can  be  written  to  show  whether 

dissolved  substances  are  present  in  solution  predominant- 
ly as  ions  or  molecules.  When  the  complete  chemical  for- 

mulas of  all  reactants  and  products  are  used,  the  equation 
is  called  a  molecular  equation.  A  complete  ionic  equation 
shows  all  dissolved  strong  electrolytes  as  their  component 
ions.  In  a  net  ionic  equation,  those  ions  that  go  through 
the  reaction  unchanged  (spectator  ions)  are  omitted. 

Section  4.3  Acids  and  bases  are  important  electrolytes. 

Acids  are  proton  donors;  they  increase  the  concentration 

of  H+(aq)  in  aqueous  solutions  to  which  they  are  added. 
Bases  are  proton  acceptors;  they  increase  the  concentra- 

tion of  OH  (aq)  in  aqueous  solutions.  Those  acids  and 
bases  that  are  strong  electrolytes  are  called  strong  acids 

and  strong  bases,  respectively.  Those  that  are  weak  elec- 
trolytes are  weak  acids  and  weak  bases.  When  solutions 

of  acids  and  bases  are  mixed,  a  neutralization  reaction 
results.  The  neutralization  reaction  between  an  acid  and  a 

metal  hydroxide  produces  water  and  a  salt.  Gases  can 
also  be  formed  as  a  result  of  acid-base  reactions.  The  reac- 

tion of  a  sulfide  with  an  acid  forms  H^Sfg);  the  reaction 
between  a  carbonate  and  an  acid  forms  CCKf^)- 

Section  4.4  Oxidation  is  the  loss  of  electrons  by  a  sub- 
stance, whereas  reduction  is  the  gain  of  electrons  by  a 

substance.  Oxidation  numbers  help  us  keep  track  of  elec- 
trons during  chemical  reactions  and  are  assigned  to 

atoms  by  using  specific  rules.  The  oxidation  of  an  ele- 
ment results  in  an  increase  in  its  oxidation  number, 

whereas  reduction  is  accompanied  by  a  decrease  in  oxi- 
dation number.  Oxidation  is  always  accompanied  by  re- 

duction, giving  oxidation-reduction,  or  redox,  reactions. 
Many  metals  are  oxidized  by  02/  acids,  and  salts.  The 

redox  reactions  between  metals  and  acids  and  between 

metals  and  salts  are  called  displacement  reactions. 



The  products  of  these  displacement  reactions  are  always 

'  an  element  (HA  or  a  metal)  and  a  salt.  Comparing  such  re- 
actions allows  us  to  rank  metals  according  to  their  ease  of 

oxidation.  A  list  of  metals  arranged  in  order  of  decreasing 
ease  of  oxidation  is  called  an  activity  series.  Any  metal 
on  the  list  can  be  oxidized  by  ions  of  metals  (or  H  ) 
below  it  in  the  series. 

Section  4.5  The  composition  ol  a  solution  expresses  the 
relative  quantities  of  solvent  and  solutes  that  it  contains. 
One  of  the  common  ways  to  express  the  concentration  of 
a  solute  in  a  solution  is  in  terms  of  molaritv.  I  he  molarity 
of  a  solution  is  the  number  of  moles  of  solute  per  liter  of 

solution.  Molarity  makes  it  possible  to  interconvert  solu- 
tion volume  and  number  of  moles  of  solute.  Solutions  of 

known  molaritv  can  be  formed  either  by  weighing  out  the 
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solute  and  diluting  it  to  a  known  volume  or  b\  the 
dilution  of  a  more  concentrated  solution  of  known  con 

centration  (a  stock  solution).  Adding  solvent  to  tin-  solu 
tion  (the  process  of  dilution)  decreases  the  concentration 
of  the  solute  w  ithout  changing  the  number  of  moles  ol 

solute  in  the  solution  (Al0„u  <  K-onc  =  ̂ 'Ui  ■  \ 
Section  4.6    In  the  process  called  titration,  w  e  combine 
a  solution  of  known  concentration  (a  standard  solution) 

with  a  solution  of  unknown  concentration  in  order  to  de- 
termine the  unknown  concentration  or  the  quantity  of 

solute  in  the  unknown.  The  point  in  the  titration  at  w  hich 

stoichiometrically  equivalent  quantities  of  reactants  are 
brought  together  is  called  the  equivalence  point.  An 

indicator  can  be  used  to  show  the  end  point  of  the  titra- 
tion, which  coincides  closely  with  the  equivalence  point. 

VISUALIZING  CONCEPTS 

4.1  Which  of  the  following  schematic  drawings  best  de- 
scribes a  solution  of  LiiSOj  in  water  (water  molecules 

not  shown  for  simplicity)?  [Set  tion  4.1  ] 

(b) (c) 

4.2  Methanol,  ChhOH,  and  hydrogen  chloride,  MCI,  are 
both  molecular  substances,  yet  an  aqueous  solution  of 
methanol  does  not  conduct  an  electrical  current,  where- 

as a  solution  of  HCI  does  conduct.  Account  lor  this  dif- 
ference. [Section  4. 1  ] 

4.3  Aqueous  solutions  of  three  different  substances,  AX,  AY, 
and  AZ,  are  represented  by  the  three  diagrams  below. 
Identify  each  substance  as  a  strong  electrolyte,  weak 
electrolyte,  or  nonelectroh  te.  [Section  4. 1 1 

AZ 

(.0 (b) (c) 

4.4  A  0.1  M  solution  of  acetic  acid,  HC2H^O:,  causes  the 
lightbulb  in  the  apparatus  of  Figure  4.2  to  glow  about  as 

brightly  as  a  0.001  M  solution  of  HBr.  How  do  you  ac- 
count for  this  fact?  [Section  4. 1  ] 

4.5  You  are  presented  with  three  white  solids,  A,  B  and  C, 
which  are  glucose  (a  sugar  substance),  NaOH,  and 
AgBr.  Solid  A  dissolves  in  water  to  form  a  conducting 
solution.  13  is  not  soluble  in  water.  C  dissolves  in  water 

to  form  a  nonconducting  solution.  Identify  A,  I!  and  C  . 
[Section  4.2| 

4.6  We  have  seen  that  ions  in  aqueous  solution  are  stabi- 
lized by  the  attractions  between  the  ions  and  the  w  ater 

molecules.  Whv  then  do  some  pairs  of  ions  in  solution 

form  precipitates1  [Section  4.2] 
4.7  Which  of  the  following  ions  will  alwni/s  be  a  spectator 

ion  in  a  precipitation  reaction7  (a)  C  I  .  (b)  NOi  , 
(c)NII,  ,(d)S:  ,(e)S()4:  .  Explain  briefly.  [Section  4.2] 

4.8  I  he  labels  have  fallen  off  tw  o  bottles,  one  containing 

Mg(NO-,):  and  the  other  containing  Pb(NO  ;):.  You  ha\  e 
a  bottle  of  dilute  H2SO4.  How  could  you  use  it  to  test  a 
portion  of  each  solution  to  identify  which  solution  is 
which1  [Section  4.2] 

4.9  Which  of  tlie  following  chemical  equations  is  represent- 
ed schematically  in  the  drawing  below?  [Section  4.2| 

(a)  BaCl2(fl(7)  +  Na2(SO)4(fl(/)   » 
BaSO,h)  •  2  Nat  \{tu]) 

(b)  SrC03(s)  +  2  HBr(rt<7)   » SrBr2(//a)  +  H20(/)  +  C02(tf) 

(c)  2NaOH(flt/)  +  CdCU,;a)   > 
Cd(OH)2(s)  +  2  NaC  Id/,/) 
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4.10  Which  of  the  three  solutions  shown  schematically  to  the 
right  corresponds  to  the  result  of  each  of  the  following 
reactions:  (Water  molecules  are  excluded  for  clarity) 
[Section  4.3] 

(a)  Ag20(s)  +  2  HC\(nq)  - 
(b)  NaOH(fl^)  +  HCKm/) 
(c)  AgN03(fl^)  +  KC1((?</) 

2  AgCl(s)  +  H20(/) 
NaCIO?,/)  +  H20(/) 

*  AgCl(s)  +  KC\(aq) 

(i) 
(ii) 

(iii) 

EXERCISES 

Electrolytes 

4.11  When  asked  what  causes  electrolyte  solutions  to  con- 
duct electricity,  a  student  responds  that  it  is  due  to  the 

movement  of  electrons  through  the  solution.  Is  the  stu- 
dent correct?  If  not,  what  is  the  correct  response? 

4.12  When  methanol,  CFhOH,  is  dissolved  in  water,  a  non- 
conducting solution  results.  When  acetic  acid, 

HC2H302,  dissolves  in  water,  the  solution  is  weakly 
conducting  and  acidic  in  nature.  Describe  what  happens 
upon  dissolution  in  the  two  cases,  and  account  for  the 
different  results. 

4.13  We  have  learned  in  this  chapter  that  many  ionic  solids 

dissolve  in  water  as  strong  electrolytes,  that  is,  as  sepa- 
rated ions  in  solution.  What  properties  of  water  facili- 

tate this  process? 
4.14  What  does  it  mean  to  say  that  ions  are  hydrated  when 

an  ionic  substance  dissolves  in  water? 

4.15  Specify  what  ions  are  present  in  solution  upon  dissolv-  1 
ing   each   of   the   following   substances   in    water:  ; 
(a)  ZnCI2,  (b)  HNCh,  (c)  (NH4)2S04,  (d)  Ca(OH)2. 

4.16  Specify  what  ions  are  present  upon  dissolving  each  of  the  1 
following  substances  in  water:  (a)  Mgl2,  (b)  A1(N03)3,  | 
(c)  HCIO4,  (d)  KC2hh02. 

4.17  Formic  acid,  HCH02,  is  a  weak  electrolyte.  What  solute  [ 

particles  are  present  in  an  aqueous  solution  of  this  com- 
pound? Write  the  chemical  equation  for  the  ionization  I of  HCH02. 

4.18  Acetone,  CH3COCH3,  is  a  nonelectrolyte;  hypochlorous  I 

acid,  HCIO,  is  a  weak  electrolyte;  and  ammonium  chlo-  | 
ride,  NH4C1,  is  a  strong  electrolyte,  (a)  What  are  the  solute 

particles  present  in  aqueous  solutions  of  each  compound?  ' 
(b)  If  0.1  mol  of  each  compound  is  dissolved  in  solution,  ! 
which  one  contains  0.2  mol  of  solute  particles,  which  con- 

tains 0.1  mol  of  solute  particles,  and  which  contains  some- 
where between  0.1  and  0.2  mol  of  solute  particles? 

Precipitation  Reactions  and  Net  Ionic  Equations 

4.19  Using  solubility  guidelines,  predict  whether  each  of  the 
following  compounds  is  soluble  or  insoluble  in  water: 
(a)  NiCl2,  (b)Ag2S,  (c)Cs3P04,  (d)SrCO,,  (e)  PbS04. 

4.20  Predict  whether  each  of  the  following  compounds  is  sol- 
uble in  water:  (a)  Ni(OH)2,  (b)  PbBr2,  (c)  Ba(N03)2, 

(d)  AIPO4,  (e)  AgC2H^02. 
4.21  Will  precipitation  occur  when  the  following  solutions 

are  mixed?  If  so,  write  a  balanced  chemical  equation  for 
the  reaction,  (a)  Na2C03  and  AgN03,  (b)  NaN03  and 
NiS04,  (c)  FeS04  and  Pb(N03)2. 

4.22  Identify  the  precipitate  (if  any)  that  forms  when  the  fol- 
lowing solutions  are  mixed,  and  write  a  balanced  equa- 

tion   for   each    reaction,    (a)  Ni(N03)2   and  NaOH, 
(b)  NaOH  and  K2S04,  (c)  Na2Sand  Cu(C2H,02)2. 

4.23  Name  the  spectator  ions  in  any  reactions  that  may  be  in- 
volved when  each  of  the  following  pairs  of  solutions  are 

mixed. 

(a)  Na2C03(fl<7)  and  MgS04(^/) 
(b)  Pb(NOi)2('"/)  and  Na2S(</</) 
(c)  (NH4)3P04(^)  and  CaCM,/,/) 

4.24  Write  balanced  net  ionic  equations  for  the  reactions  that 

occur  in  each  ol  the  following  cases.  Identify  the  specta- 
tor ion  or  ions  in  each  reaction. 

(a)  Cr2(S04)3(fl£?)  +  (NH4)2C03((7(/)   > 
(b)  Ba(N03)2(n<7)  +  K2S04(aq)   > 
(c)  Fe(NOj2(rt</)  +  KOH(<7,7)   » 

4.25  Separate  samples  of  a  solution  of  an  unknown  salt  are 
treated  with  dilute  solutions  of  HBr,  H2SO4,  and  NaOH. 

A  precipitate  forms  in  all  three  cases.  Which  of  the  follow- 

ing cations  could  the  solution  contain:  K  ;  Pb~";  Ba~~? 4.26  Separate  samples  of  a  solution  of  an  unknown  ionic 
compound  are  treated  with  dilute  AgN03,  Pb(N03)2, 

and  BaCl2.  Precipitates  form  in  all  three  cases.  Which  of 
the  following  could  be  the  anion  of  the  unknown  salt: 

Br ~;  CO-r ~;  N03~? 
4.27  You  know  that  an  unlabeled  bottle  contains  a  solution  of 

one  of  the  following:  AgN03,  CaCl2,  or  A12(S04)3.  A 

friend  suggests  that  you  test  a  portion  of  the  solution 
with  Ba(NOd:  and  then  with  NaCl  solutions.  Explain 

how  these  two  tests  together  would  be  sufficient  to  de- 
termine which  salt  is  present  in  the  solution. 

4.28  Three  solutions  are  mixed  together  to  form  a  single  solu- 
tion. One  contains  0.2  mol  Pb(C2H302)2,  the  second 

contains  0.1  mol  Na2S,  and  the  third  contains  0.1  mol 

CaCl2.  (a)  Write  the  net  ionic  equations  for  the  precipita- 
tion reaction  or  reactions  that  occur,  (b)  What  are  the 

spectator  ions  in  the  solution? 
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Acid-Base  Reactions 

4.29  Which  of  the  following  solutions  h,is  the  largest  concen- 
tration of  solvated  protons:  (a)  0. 1  A I  I  iOH,(b)0.l  A I  HI, 

(c)  0.5  M  methyl  alcohol  (CI  I  Ol  I)1  Explain. 
4.30  Which  ol  the  following  solutions  is  the  most  basic? 

(a)  (1.5  M  NH,,  (b)0.1  M  KOH,  (c)0.1  M  Ca(OH)2. 
Explain. 

4.31  What  is  the  difference  between  (a)  a  monoprotic  acid 
and  a  diprotic  acid,  (b)  a  w  eak  acid  and  a  strong  acid, 

(c)  an  acid  and  a  base1 
4.32  Explain  the  following  observations:  (a)  NH3  contains 

no  OH    ions,  and  yet  its  aqueous  solutions  are  basic; 
(b)  HF  is  called  a  weak  acid,  and  yet  it  is  very  reach\  e; 
(c)  although  sulfuric  acid  is  a  strong  electrolyte,  an 
aqueous  solution  of  I  HS04  contains  more  HS04  ions 

thanS04"  ions. 
4.33  It  is  said  that  HCIO,  is  a  strong  ac  id,  whereas  1 1(  I02  is  a 

weak  acid.  What  does  this  mean  in  terms  of  the  extent  to 
which  the  two  substances  are  ionized  in  solution? 

4.34  What  is  the  relationship  between  the  solubility  rules  m 
Table  4. 1  and  the  list  of  strong  bases  in  [able  4.2?  Anoth- 

er way  of  asking  this  question  is,  why  is  Cd(OH)2,  for 

example,  not  listed  as  a  strong  base  in  lable  4.2^ 
4.35  Label  each  of  the  following  substances  as  an  acid,  base, 

salt,  or  none  of  the  above.  Indicate  whether  the  substance 

exists  in  aqueous  solution  entirely  in  molecular  form,  en- 
tirely as  ions,  or  as  a  mixture  of  molec  ules  and  ions,  (a)  I  IF; 

(b)  acetonitrile,  CI  1 3CN;  (c)  NaC104:  (d)  Ba(01 1  )2 . 
4.36  An  aqueous  solution  of  an  unknown  solute  is  tested 

with  litmus  paper  and  found  to  be  acidic.  The  solution  is 
weakly  conducting  compared  with  a  solution  ol  NaC  I  of 
the  same  concentration.  Which  of  the  following  sub- 

stances could  the  unknown  be:  k(  '1  I,  Ml,,  ll\0,, 

KC1Q2,  H  ;PO CI  I  ,COCH  ;  (acetone)7 

4.37  Classify  each  of  the  following  substances  as  a  nonelec- 
trolvte,  weak  electrolyte,  or  strong  electrolyte  in  water: 
(a)H2SO,,  (b)C2H5OH  (ethanol),  (c)  \H  „  (d)  KCIO  ,, 
(e)  Cu(N03)2. 

Oxidation-Reduction  Reactions 

4.45  Define  oxidation  and  reduction  in  terms  of  (a)  electron 
transfer  and  (b)  oxidation  numbers. 

4.46  Can  oxidation  occur  without  accompanying  reduction1 
Explain. 

4.47  Which  circled  region  of  the  periodic  table  show  n  here 
contains  the  most  readily  oxidized  elements?  Which 
contains  the  least  readily  oxidized? 

— 

J 
( °  J 

( s ) 

4.38  Classify  each  of  the  following  aqueous  solutions  as  a 
nonelectrolyte,  weak  electrolyte,  or  strong  electrolyte: 
(a)  HCIO,,  (b)  HN03,  (c)  NH4CI,  (d)C  II  (  OC  II,  lace- 
tone),  <e)  C0SO4,  (f)  C]2H22On  (sucrose). 

4.39  Complete  and  balance  the  following  molecular  equa- 
tions, and  then  write  the  net  ionic  equation  for  each: 

(a)  HBrtflf/)  *  Ca(OH)2(fl</)   * 
(b)  Cu(OH)2(s)  -  I  ICl64(>7)   » 
(c)  Al(OH)3(s)  +  HN03((7(7)   ' 

4.40  Write  the  balanced  molecular  and  net  ionic  equations 
tor  each  of  the  following  neutralization  reactions: 
(a)  Aqueous  acetic  acid  is  neutralized  by  aqueous 

potassium  hydroxide. 
(b)  Solid  chromium(III)  hydroxide  reacts  with  nitric  at  id 
(c)  Aqueous  hypochlorous  acid  and  aqueous  calcium 

h\  d  1  oxide  react. 

4.41  Write  balanced  molecular  and  net  ionic  equations  tor 
the  following  reactions,  and  identify  the  gas  formed  in 
each:  (a)  solid  cadmium  sulfide  reacts  with  an  aqueous 
solution  of  sulfuric  acid;  (b)  solid  magnesium  carbonate 
reacts  with  an  aqueous  solution  of  perchloric  acid. 

4.42  Because  the  oxide  ion  is  basic,  metal  oxides  react  readily 

with  acids,  (a)  Write  the  net  ionic  equation  for  the  fol- 
lowing reaction: 

FeO(s)  1  2HClO40q)   ►  Pe(Cl04)2(aq)  +  H20(/). 

(b)  Based  on  the  equation  in  part  (a),  write  the  net  ionic 
equation  for  the  reaction  that  occurs  between  \iO(s) 
and  an  aqueous  solution  of  nitric  acid. 

4.43  Write  a  balanced  molecular  equation  and  a  net  ionic 
equation  for  the  reaction  that  occurs  when  (a)  solid 
CaCO-?  reacts  with  an  aqueous  solution  of  nitric  acid; 
(b)  solid  iron(ll)  sulfide  reacts  with  an  aqueous  solution 

of  hydrobromic  acid. 
4.44  As  RAO  dissolves  in  water,  the  oxide  ion  reacts  w  ith  water 

molecules  to  form  hydroxide  ions.  Write  the  molecular  and 

net  ionic  equations  for  this  reaction.  Based  on  the  defini- 
tions of  acid  and  base,  what  ion  is  the  base  in  this  reaction? 

What  is  the  acid?  What  is  the  spectator  ion  in  the  reaction? 

4.48  From  the  elements  listed  in  lable  4.5,  select  an  element 

that  lies  in  region  A  of  the  periodic  table  show  n  to  the 
left  and  an  element  that  lies  in  region  C.  Write  a  bal- 

anced oxidation-reduction  equation  that  shows  the  oxi- 
dation of  one  metal  and  reduction  of  an  ion  of  (lie  other 

You  will  need  to  decide  which  element  is  oxidized  and 
which  is  reduced 

4.49  Determine  the  oxidation  number  for  the  indicated  ele- 
ment in  each  of  the  following  substances:  (a)  S  in  S02, 

(b)  C  in  COCl2,  (c)  Mn  in  MnO,  ,  (d)  Br  in  I  IBrO,  (e)  As 
in  As.,,  (f)  O  in  K202. 

4.50  Determine  the  oxidation  number  for  the  indicated  ele- 
ment in  each  of  the  following  compounds  (a)  li  111 

TiO,,  (b)  Sn  in  SnCE,  ,  (c)  C  in  C2042  ,  (d)  N  in  N:H,, 
(e)  N  in  HN02(  (f)  Cr  in  Cr20 

4.51  Which  element  is  oxidized  and  whic  h  is  reduced  in  the 
following  reactions? 

(a)  lMi(s)  +  C\2(g)   ►  NiCl2(s) 

(b)  3  Fe(N03)2(fl<j)  4  2  Al(s)   ► 
3  Fe(s)  •  2  AKN'O-J ,{ih]) 



160       Chapter  4 Aqueous  Reactions  and  Solution  Stoichiometry 

(c)  Cl2(aq)  +  2NaI(/7i/)   «  l2(aq)  +  2  NaCl(fl<?) 
(d)  PbS(s)  +  4  H2O2H)   >  PbS04(s)  +  4  H20(/) 

4.52  Wliich  of  the  following  are  redox  reactions?  For  those 
that  are,  indicate  which  element  is  oxidized  and  which 

is  reduced.  For  those  that  are  not,  indicate  whether  they 

are  precipitation  or  acid-base  reactions. 

(a)  Cu(OH)2(s)  +  2HN03(aq)   » 
Cu(N03)2H)  +  2  H20(/) 

(b)  Fe203(s)  +  3CO(g)   >  2  Fe(s)  +  3C02(g) 
(c)  Sr(N03)2(ag)  +  H2S04(<?<7)   » 

SrS04(s)  +J2HN03(aq) 

(d)  4Zn(s)  +  10  H  '(aq)  +  2N03  (aq)   > 
4  Zn2  '(<?<7)  +  N20(g)  +  5H20(/) 

4.53  Write  balanced  molecular  and  net  ionic  equations  for 
the  reactions  of  (a)  manganese  with  dilute  sulfuric  acid; 

(b)  chromium  with  hydrobromic  acid;  (c)  tin  with  hy- 
drochloric acid;  (d)  aluminum  w  ith  formic  acid,  HCH02. 

4.54  Write  balanced  molecular  and  net  ionic  equations  for 

the  reactions  of  (a)  hydrochloric  acid  with  nickel;  (b)  di- 
lute sulfuric  acid  with  iron;  (c)  hydrobromic  acid  with 

magnesium;  (d)  acetic  acid,  HC2H302,  with  zinc. 

4.55  Using  the  activity  series  (Table  4.5),  write  balanced 

chemical  equations  tor  the  following  reactions.  If  no  re- 
action occurs,  simply  write  NR.  (a)  Iron  metal  is  added 

to  a  solution  of  copper(II)  nitrate;  (b)  zinc  metal  is 
added  to  a  solution  of  magnesium  sulfate;  (c)  hydro- 

bromic acid  is  added  to  tin  metal;  (d)  hydrogen  gas  is 

bubbled  through  an  aqueous  solution  of  nickel(II)  chlo- 
ride; (e)  aluminum  metal  is  added  to  a  solution  of 

cobalt(II)  sulfate. 

4.56  Based  on  the  activity  series  (Table  4.5),  what  is  the  out- 
come (it  any)  of  each  of  the  following  reactions? 

(a)  Mn(s)  +  NiCl2(aq)   * 
(b)  Cu(s)  -  Cr(C2H302)3(fl£7)   ► 
(c)  Cr(s)  +  NiS04(fl(7)   > 
(d)  Pt(s)  f  HBr(rt</)   ► 
(e)  H2(g)  -  CuCNO/,/)   ► 

4.57  The  metal  cadmium  tends  to  form  Cd2'  ions.  The  fol- 
lowing observations  are  made:  (i)  When  a  strip  of  zinc 

metal  is  placed  in  CdCLfm/),  cadmium  metal  is  deposit- 
ed on  the  strip,  (ii)  When  a  strip  of  cadmium  metal  is 

placed  in  Ni(N03)2(fl*7),  nickel  metal  is  deposited  on  the 
strip,  (a)  Write  net  ionic  equations  to  explain  each  of 
the  observations  made  above,  (b)  What  can  you  con- 

clude about  the  position  of  cadmium  in  the  activ  ity  se- 
ries? (c)  What  experiments  would  you  need  to  perform 

to  locate  more  precisely  the  position  of  cadmium  in  the 
activ  ity  series? 

4.58  (a)  Use  the  following  reactions  to  prepare  an  activity  se- 
ries for  the  halogens: 

Br:0;i7)  +  2  Nal(<7</)  - 

Q2(aq)  +  2  NaBr(<?(/) 

2  NaBr(a<j)  +  \2(aq); 

■  2  NaCKflij)  +  Br2(<7<7). 

(b)  Relate  the  positions  of  the  halogens  in  the  periodic  H 

table  with  their  locations  in  this  activity  series,  (c)  Pre-  9 
diet  whether  a  reaction  occurs  when  the  following  | 
reagents  are  mixed:  Cl2(aq)  and  Kl{nq);  Br2(nq)  and  I 
UC\(aq).  1 

Solution  Composition;  Molarity 
4.59  (a)  Is  the  concentration  of  a  solution  an  intensive  or  an 

extensive  property?  (b)  What  is  the  difference  between 
0.50  mol  HC1  and  0.50  M  HC1? 

4.60  (a)  Suppose  you  prepare  500  111L  of  a  0.10  M  solution  of 
some  salt  and  then  spill  some  of  it.  What  happens  to  the 
concentration  of  the  solution  left  in  the  container?  (b)  A 

certain  volume  of  a  0.50  M  solution  contains  4.5  g  of  a 
salt.  What  mass  of  the  salt  is  present  in  the  same  volume 
of  a  2.50  M  solution? 

4.61  (a)  Calculate  the  molarity  of  a  solution  that  contains 
0.0345  mol  NH4CI  in  exactly  400  mL  of  solution,  (b)  How 
main  moles  of  HNQ3  are  present  in  35.0  mL  of  a  2.20  /VI 
solution  of  nitric  acid?  (c)  How  many  milliliters  of  1.50  M 
KOH  solution  are  needed  to  provide  0.125  mol  of  KOH? 

4.62  (a)  Calculate  the  molarity  of  a  solution  made  by  dissolv  - 
ing 0.145  mol  Na2S04  in  enough  water  to  form  exactly 

750  mL  of  solution,  (b)  How  many  moles  of  KM11O4  are 
present  in  125  ml.  of  a  0.0850  M  solution?  (c)  How  many 
milliliters  o!  I  I  .h  Al  HCI  solution  are  needed  to  obtain 
0.255  mol  ol  I  1C1? 

4.6.3  The  average  adult  human  male  has  a  total  blood  volume 
of  5.0  L.  If  the  concentration  of  sodium  ion  in  this  aver- 

age individual  is  0.135  A/I,  what  is  the  mass  of  sodium 
ion  cin  ulating  in  the  blood? 

4.64  A  person  suffering  from  hyponatremia  has  a  sodium  ion  J 
concentration  in  the  blood  of  0.118  M  and  a  total  blood  vol- 

ume of  4.6  L.  What  mass  of  sodium  chloride  would  need  to  | 

be  added  to  the  blood  to  bring  the  sodium  ion  concentra-  I 
tion  up  to  0.138  M,  assuming  no  change  in  blood  volume? 

4.65  Calculate  (a)  the  number  of  grams  of  solute  in  0.250  L  of  r 
0.150  M  KBr,  (b)  the  molar  concentration  of  a  solution  ! 

containing  4.75  g  of  Ca(N03)2  in  0.200  L,  (c)  the  v  olume 
of  1.50  M  Na3P04  in  milliliters  that  contains  5.00  g  of 

solute. 
4.66  (a)  How  many  grams  of  solute  are  present  in  50.0  mL  of 

0.360  M  K2Cr'207?  (b)  If  4.28  g  of  (NH4)2S04  is  dissolved in  enough  water  to  form  300  mL  of  solution,  what  is  the 
molarity  of  the  solution?  (c)  How  many  milliliters  of 
0.240  M  CuS04  contain  2.25  g  of  solute? 

4.67  (a)  Which  will  have  the  highest  concentration  of  potassi- 
um ion:  0.20  M  KC1,  0.15  M  K2Cr04,  or  0.080  M  K3P04? 

(b)  Which  will  contain  the  greater  number  of  moles  of 
potassium  ion:  30.0  mL  of  0.15  M  K2Cr04  or  25.0  mL  of 
0.080  MK3P04? 

4.68  In  each  of  the  following  pairs,  indicate  which  has  the 
higher  concentration  of  CI  ion:  (a)  0.10  M  CaCl2  or 
0.15  M  KC1  solution,  (b)  100  mL  of  0.10  M  KC1  solution 

or  400  mL  of  0.080  M  LiCl  solution,  (c)  0.050  M  HCI  so- 
lution or  0.020  M  CdCL  solution. 
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4.69  Indicate  the  concentration  of  each  ion  or  molecule  pre- 
sent in  the  following  solutions:  (a)  0.22  A I  NaOH, 

(b)  O.ld  M  CaBr2,  (c)  0.15  Al  CH3OH,  <d)  a  mixture  of 
40.0 mLof  0.15 M  KClO^and  35.0  ml  of  0.22 M  Na2S04. 
Assume  the  volumes  .ire  additive. 

4.70  Indicate  the  concentration  ol  eac  h  ion  present  in  the  so- 
lution formed  by  mixing  (a)  16.0  ml  ol  0. 1  30  M  HC1  and 

12.0  mLof  0.600  M  1 IC  I.  (b)  18.0  ml  ol  0.200  M  Na2S04 
and  15.0  ml.  ol  0.150  M  KC  I,  (c)  2.38  g  of  NaCl  in 
50.0  mLof  0.400  MCaC  l2  solution.  (Assume  that  the  vol- 

umes are  additi\  e. ) 

4.71  (a)  You  have  a  stock  solution  ol  14. s  Al  Ml-..  I  low 
many  milliliters  ol  this  solution  should  you  dilute  to 

make  100. 0  ml  ol  0.250  M  Ml  ,1  (b)  II  you  take  a 
10.0-mL  portion  ol  the  stock  solution  and  dilute  it  to  a 
total  volume  of  0.250  I .,  what  will  be  the  c  one  en t  rat  ion 

of  the  final  solution  ' 
4.72  (a)  Mow  many  milliliters  ol  a  stock  solution  of  10.0  Al 

HNO^  would  you  have  to  use  to  prepare  0.350  I  ol 

0.400  M  UNO.,1  (b)  If  you  dilute  25.0  ml  ol  the  stock  so- 
lution to  a  final  \  olume  of  0.500  I  ,  what  will  be  the  con- 

centration ol  the  diluted  solution? 

Solution  Stoichiometry;  Titrations 

4.77  What  mass  of  NaCl  is  needed  to  precipitate  the  silver 
ions  from  20.0  mLof  0.100 M  AgNO-, solution? 

4.78  What  mass  of  NaOH  is  needed  to  precipitate  the  Cd: 
ions  from  25.0  ml  of  0300  Al  Cd(N03)2  solution? 

4.79  (a)  What  volume  of  0.115  M  HCIO4  solution  is  needed  to 
neutralize  50.00  ml  of  0.0875  M  NaOH?  (b)  What  vol- 

ume of  0.128  A I  HC1  is  needed  to  neutralize  2.87  g  of 

Mg(OH)27  (c)  If  25.8  mLof  AgNO,  is  needed  to  precipi- 
tate all  the  CI  ions  in  a  7<X5-mg  sample  ol  KC  I  (lorming 

AgCl),  what  is  the  molarity  of  the  AgNO-t  solution? 
(d)  If  45.3  mLof  0.108  Al  I IC1  solution  is  needed  to  neu- 

tralize a  solution  of  KOI  I,  how  many  grams  of  KOI  I 

must  be  present  in  the  solution1 
4.80  (a)  How  many  milliliters  of  0.120  M  HC1  are  needed  to 

completely  neutralize  =10.0  ml.  of  0.101  A!  F3a(OH)2  solu- 
tion7 (b)  How  many  milliliters  of  0.12=-  M  H2S04  are 

needed  to  neutralize  0.200  g  of  \aOI  I?  (c)  If  55.K  ml  of 
F3aCl2  solution  is  needed  to  precipitate  all  the  sulfate  ion 

in  a  752-mg  sample  of  Na2S04,  what  is  the  molarity  of 
the  solution7  (d)  If  42.7  ml.  of  0.208  M  HC1  solution  is 
needed  to  neutralize  a  solution  of  Ca(OH)2,  how  many 
grams  of  Ca(OH)2  must  be  in  the  solution? 

4.81  Some  sulfuric  acid  is  spilled  on  a  lab  bench.  It  can  be 
neutralized  by  sprinkling  sodium  bicarbonate  on  it  and 
then  mopping  up  the  resultant  solution.  The  sodium  bi- 

carbonate reacts  with  sulfuric  acid  as  follows: 

2NaHC03(s)  +  H2S04(<?r/)   > 

Na2S04(fl<7)  f-  2H20(/)  +  2CO:(y) 

Sodium  bicarbonate  is  added  until  the  fizzing  due  to  the 
formation  of  C02(g)  stops.  If  27  ml  of  6.0M  H2S04  was 
spilled,  what  is  the  minimum  mass  of  NaHCO,  that 

must  be  added  to  the  spill  to  neutralize  the  acid1 

4.73  (a)  Starting  with  solid  sucrose,  C]2I  I220]  | ,  describe  how 
you  would  prepare  125  ml  of  0.150  M  sucrose  solution, 
(b)  Describe  how  you  would  prepare  400.0  ml  ol 
0.100  M  C12H22On  starting  with  2.00  I  of  1.50  M 

C,2H220„.  " 

4.74  (a)  How  would  you  prepare  250.0  ml  ol  0.150  VI 

AgNO;  solution  starting  with  pure  solute1  (b)  An  ex- 
periment calls  for  you  to  use  100  ml  of  030  M  HNO-s  so- 

lution. All  you  have  available  is  a  bottle  ol  6.0  M  I  IN( 1 

I  low  would  you  prepare  the  desired  solution;1 
|4.75|  Pure  acetic  acid,  known  as  glacial  acetic  acid,  is  a  liquid 

with  a  density  of  1.049  g  ml  at  25  C.  Calculate  the  mo- 
larity of  a  solution  of  acetic  acid  made  by  dissolving 

20.00  mL  of  glacial  acetic  and  at  2^  C  in  enough  w  ater 
to  make  250.0  ml  ol  solution. 

|4.76|  Glycerol,  CiHsO-s,  is  a  substance  used  extensix  ely  in  the 
manufacture  of  cosmetics,  foodstuffs,  antifreeze,  and 

plastics.  Glycerol  is  a  water-soluble  liquid  with  a  densi- 
ty of  1.2656  g/L  at  15  C.  Calculate  the  molarity  ol  a  solu- 

tion of  glycerol  made  by  dissolving  50.000  ml  glycerol 
at  15  C  in  enough  water  to  make  250.00  mL  ol  solution. 

4.82  The  distinctive  odor  ol  vinegar  is  due  to  acetic  acid, 
HCdCO:,  which  reacts  with  sodium  hydroxide  in  the 
following  fashion: 

HC2H302(rtq)  +  NaOH0?(/)   > 
H20(/)  +  NaC2H302(rt(7) 

It  3.45  ml  of  vinegar  needs  423  mL  ol  0.1 15  Al  NaOl  I  to 
reach  the  equivalence  point  in  a  titration,  how  many 
grams  of  acetic  acid  are  in  a  1 ,00-qt  sample  ol  this  \  inegar? 

4.83  A  sample  of  solid  Ca(OH)2  is  stirred  in  water  at  30  C 
until  the  solution  contains  as  much  dissolved  Ca(OH)2 

.is  it  can  hold.  A  10t)-ml  sample  ot  this  solution  is  with- 
drawn and  titrated  with  5. nil  ■  io  :  Al  HBr.  It  requires 

48. N  mL  of  the  acid  solution  for  neutralization.  What  is 

the  molarity  of  the  Ca(OI  I )2  solution1  What  is  the  solu- 
bility of  C  a((  )H)2  in  w  ater,  at  3d  C  in  grams  ol  C  a((  )H)2 

per  100  mL  ol  solution? 
4.84  In  the  laboratory  6.82  g  of  Sr(N03)2  is  dissolved  in 

enough  water  to  form  0.500  |  A  0. 1 00-1  sample  is  with- 
drawn from  this  stock  solution  and  titrated  with  a 

0.0335  M  solution  of  Na2Cr04.  What  volume  of 
Na2Cr04  solution  is  needed  to  precipitate  .ill  the Sr: '(,?,/)  as  SrCrO,? 

4.85  A  solution  of  100.0  ml  of  0  200  M  K(  H  I  is  mixed  with  a 

solution  of  200.0  mLof  0.150  M  NiS04.  (a)  Write  the  bal- 
anced chemical  equation  for  the  reaction  that  occurs, 

(b)  What  precipitate  forms1  (c)  What  is  the'  limiting  re- 
actant?  (d)  How  main  grams  of  this  precipitate  form? 
(e)  What  is  the  concentration  of  each  ion  that  remains  in 

solution 1 
4.86  A  solution  is  made  by  mixing  12.0  g  ol  \aOI  I  and 

75.0  mLof  0.200  A I  HN03.  (a)  Write  a  balanced  equation 
for  the  reaction  that  occurs  between  the  solutes  (b)  C  al- 
dilate  the  concentration  ot  each  ion  remaining  in  solu- 

tion, (c)  Is  the  resultant  solution  ac  idu  or  basii  ? 
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14.87]  A  0.5895-g  sample  of  impure  magnesium  hydroxide  is 
dissolved  in  100.0  mL  of  0.2050  M  HC1  solution.  The  ex- 

cess acid  then  needs  19.85  mL  of  0.1020  M  NaOH  for 

neutralization.  Calculate  the  percent  by  mass  of  magne- 
sium hydroxide  in  the  sample,  assuming  that  it  is  the 

only  substance  reacting  with  the  HC1  solution. 

Additional  Exercises 

1 4.89 ]  Suppose.it  were  possible  to  instantaneously  form  a  solu- 
tion of  uniformly  dispersed  K  and  Br  ions  in  a  solvent 

such  as  mineral  oil.  What  would  you  expect  to  occur? 
How  does  this  compare  with  what  would  happen  if  the 

same  uniform  dispersion  of  ions  were  formed  in  water1 
How  do  you  account  for  the  difference? 

4.90  The  accompanying  photo  shows  the  reaction  between  a 
solution  of  Cd(NO-;)2  and  one  of  Na2S.  What  is  the  iden- 

tity of  the  precipitate?  What  ions  remain  in  solution? 
Write  the  net  ionic  equation  for  the  reaction. 

4.91  Suppose  you  have  a  solution  that  might  contain  any  or 

all  of  the  following  cations:  Ni  ,  Ag\  Sr_t,  and  Mir'. 
Addition  of  HC1  solution  causes  a  precipitate  to  form. 
After  filtering  off  the  precipitate,  H2SO4  solution  is 
added  to  the  resultant  solution  and  another  precipitate 
forms.  This  is  filtered  off,  and  a  solution  of  NaOH  is 

added  to  the  resulting  solution.  No  precipitate  is  ob- 
served. Which  ions  are  present  in  each  of  the  precipi- 

tates? Which  of  the  four  ions  listed  above  must  be 

absent  from  the  original  solution? 

4.92  You  choose  to  investigate  some  of  the  solubility  guide- 
lines for  two  ions  not  listed  in  Table  4.1,  the  chromate 

ion  (CrO_|~~  )  and  the  oxalate  ion  (C2O4-  ).  You  are  given 
0.01  M  solutions  (A,  B,  C,  D)  of  four  water-soluble  salts: 

Solution Solute Color  of  Solution 

A Na2Cr04 Yellow 
B (NH4)2C204 Colorless 
C AgN03 Colorless 

1  ) 

CaCl2 
Colorless 

14.88]  A  1.248-g  sample  of  limestone  rock  is  pulverized  and 
then  treati'd  with  30.00  mL  of  ]  .035  M  HC1  solution.  The 
excess  acid  then  requires  11.56  mLof  1.010  M  NaOH  for 
neutralization.  Calculate  the  percent  by  mass  of  calcium 
carbonate  in  the  rock,  assuming  that  it  is  the  only  sub- 

stance reacting  with  the  1 1C1  solution. 

When  these  solutions  are  mixed,  the  following  observa- 
tions are  made: 

Expt  Solutions 
Number     Mixed  Result 

1  A  +  B  No  precipitate,  yellow  solution 
2  A  +  C  Red  precipitate  forms 
3  A  +  D  No  precipitate,  yellow  solution 
4  B  +  C  White  precipitate  forms 
5  B  +  D  White  precipitate  forms 
6  C  +  D  White  precipitate  forms 

(a)  Write  a  net  ionic  equation  for  the  reaction  that  occurs 
in  each  of  the  experiments,  (b)  Identify  the  precipitate  I 
formed,  if  any,  in  each  of  the  experiments,  (c)  Based  on 
these  limited  observations,  which  ion  tends  to  form  the 
more  soluble  salts,  chromate  or  oxalate? 

4.93  Antacids  are  often  used  to  relieve  pain  and  promote  > 
healing  in  the  treatment  of  mild  ulcers.  Write  balanced  \ 

net  ionic  equations  for  the  reactions  between  the  ' 
HCI(/n/)  in  the  stomach  and  each  of  the  following 
substances  used  in  various  antacids:  (a)  AI(OH)3(s), 

(b)  Mg(OH)2(s)<  (c)  MgC03(s),  (d)  NaAl(C03)(OH)2(s)/ (e)  CaC03(s). 

14.94]  Salts  of  the  sulfite  ion,  SO3  ,  react  with  acids  in  a  way 
similar  to  that  of  carbonates,  (a)  Predict  the  chemical 
formula,  and  name  the  weak  acid  that  forms  when  the 
sulfite  ion  reacts  with  acids,  (b)  The  acid  formed  in 

part  (a)  decomposes  to  form  water  and  a  gas.  Predict 
the  molecular  formula,  and  name  the  gas  formed. 

(c)  Use  a  source  book  such  as  the  CRC  Handbook  of  ' 
Chemistry  and  Physics  to  confirm  that  the  substance  in 

part  (b)  is  a  gas  under  normal  room-temperature  con- 
ditions, (d)  Write  balanced  net  ionic  equations  of  the 

reaction  of  HCl(fl^)  with  (i)  Na2S03(<Hf),  (ii)  Ag2S03(s), 
(iii)  KHS03(s),  and  (iv)  ZnS03(flg). 

4.95  The  commercial  production  of  nitric  acid  involves  the 
following  chemical  reactions: 

4  NH3(s)  +  5  02(g)   >  4  NO(g)  +  6  H20(g) 

2  NO(g)  +  02(g)   »  2  N02(g) 

3  N02(g)  +  H20(/)   >  2  HN03(«9)  +  NO(,v>) 
(a)  Which  of  these  reactions  are  redox  reactions?  (b)  In 

each  redox  reaction  identify  the  element  undergoing  ox- 
idation and  the  element  undergoing  reduction. 



4.96  Use  Table  4.5  to  predict  which  of  the  following  ions  can 
be  reduced  to  their  metal  forms  bv  reacting  with  zinc: 

(a)Na+H),  (b)  Pb2+(fl</),  (c)  Mg2+(<?t/)(  (d)  Fe2+(aq), 
(e)  Cu  (aq),  (f)  Al'  +(aq).  Write  the  balanced  net  ionic 
equation  for  each  reaction  that  occurs. 

|4.97|  Lanthanum  metal  forms  cations  with  a  charge  of  3+. 
Consider  the  following  observations  about  the  chem- 

istry of  lanthanum:  When  lanthanum  metal  is  exposed 
hi  air,  a  white  solid  (compound  A)  is  formed  that  con- 

tains lanthanum  and  one  other  element.  When  lan- 
thanum metal  is  added  to  water,  gas  bubbles  are 

observed  and  a  different  white  solid  (compound  15)  is 
formed.  Both  A  and  B  dissolve  in  hydrochloric  acid  to 
give  a  clear  solution.  When  either  ot  these  solution  is 

evaporated,  a  soluble  white  solid  (compound  C)  re- 
mains. If  compound  C  is  dissolved  in  water  and  sulfuric 

acid  is  added,  a  white  precipitate  (compound  D)  forms. 
(a)  Propose  identities  for  the  substances  A,  B,  C,  and  D. 
(b)  Write  net  ioni<  equations  for  all  the  reactions  de- 

scribed, (c)  Based  on  the  preceding  observations,  w  hat 
can  be  said  about  the  position  ol  lanthanum  in  the  activ  - 

ity series  (Table  4.5)1 

4.98  A  35.0-mL  sample  of  1.00  M  KBr  and  a  60.0-mL  sample 
of  0.600  M  KBr  are  mixed.  The  solution  is  then  heated  to 

evaporate  water  until  the  total  v  olume  is  50.0  ml..  What 
is  the  molarity  of  the  KBr  in  the  final  solution? 

1.99  Calculate  the  molarity  ot  the  solution  produced  bv 
mixing  (a)  40.0  ml  ot  0.160  Al  Nat  I  and  65.0  ml  ot 
0.150  Al  NaCI,  (b)  32.5  ml.  ot  0.750  M  NaOH  and 
26.8  mL  of  0.750  M  NaOH.  (Assume  that  the  volumes 
are  additive.) 

4.100  Using  modern  analytical  techniques,  it  is  possible  to  de- 
tect sodium  ions  in  concentrations  as  low  as  50  pg/mL. 

Integrative  Exercises 

4.105  A  solution  of  sodium  chlorate  is  prepared  by  dissolv  ing 
1.28  g  of  the  salt  in  water  to  form  1.00  I.  of  solution.  To 
form  a  solution  of  sodium  chlorite  ol  the  same  molarity 
and  volume,  what  mass  of  sodium  chlorite  would  be 
needed? 

4.106  (a)  By  titration,  15.0  ml.  of  0.1008  Al  sodium  hydroxide 
is  needed  to  neutralize  a  0.2053-g  sample  of  an  organic 
acid.  What  is  the  molar  mass  of  the  acid  it  it  is  monopro- 
tic?  (b)  An  elemental  analysis  of  the  acid  indicates  that  it 

is  composed  of  5.8s1",,  H,  70.6%  C,  and  23.5%  O  by  mass. What  is  its  molecular  formula? 

4.107  A  3.455-g  sample  of  a  mixture  was  analyzed  for  barium 
ion  by  adding  a  small  excess  of  sulfuric  acid  to  an  aque- 

ous solution  of  the  sample.  The  resultant  reaction  pro- 
duced a  precipitate  of  barium  sulfate,  which  was 

collected  by  filtration,  washed,  dried,  and  weighed.  If 
0.2815  g  of  barium  sulfate  was  obtained,  what  was  the 
mass  percentage  of  barium  in  the  sample? 

Exercises  163 

What  is  this  detection  limit  expressed  in  (a)  molaritv  ol 

Na  ',  (b)  Na  ions  per  cubic  centimeter? 
4.101  Hard  water  contains  Ca  ,  Mg"  ,  and  Fe"  ,  which  inter- 

fere with  the  action  ot  si  tap  and  leave  an  insoluble  coat- 
ing on  the  insides  of  containers  and  pipes  when  heated 

Water  softeners  replace  these  ions  with  Na ' .  It 
1.0  >■  10' L  of  hard  water  contains  0.010  A!  Ca:  and 

0.0050  M  Mg2',  how  main  moles  of  Na  are  needed  to 

replace  these  ions1 4.102  Tartaric  acid,  H2C4H40,,,  has  tw  o  acidic  hydrogens.  The 

acid  is  often  present  in  wines  and  precipitates  from  solu- 
tion as  the  wine  ages.  A  solution  containing  an  un- 

known concentration  ot  the  acid  is  titrated  w  ith  NaOH 

It  requires  22.62  mL  of  0.2000  A!  NaOH  solution  to 
titrate  both  acidic  protons  in  40.00  mL  of  the  tartaric  acid 
solution.  Write  a  balanced  net  ionic  equation  tor  the 
neutralization  reaction,  and  calculate  the  molaritv  ot  the 
tartaric  acid  solution. 

4.103  The  concentration  of  hydrogen  peroxide  in  a  solution  is 

determined  by  titrating  a  10.0-mL sample  of  the  solution 
with  permanganate  ion. 

2  MnG4  (aq)  +  5  H202(aq)  +  6H+(aq)   * 
2  Mir  '(<?</)  +  5O:(,0  +  8H20(/) 

If  it  takes  16.8  mL  ot  0.124  A1  MnO.(  solution  to  reach 

the  equivalence  point,  what  is  the  molaritv  ol  the  hydro- 

gen peroxide  solution? I4.104I  A  solid  sample  of  Zn(OH)2  is  ̂ ddcd  to  0.400  L  ot 
0.500  A!  aqueous  HBr.  The  solution  that  remains  is  still 
acidic.  It  is  then  titrated  with  0.500  Al  NaOH  solution, 
and  it  takes  e'8.3  mL  ol  the  NaOH  solution  to  reach  the 
equivalence  point.  What  mass  of  Zn(OH)2  was  added  to 
the  I  IBr  solution? 

1 4. 1 08 1  A  tanker  truck  curv  ing  5.0  •  10'  kg  ot  concentrated 
sulfuric  acid  solution  tips  over  and  spills  its  load.  It  the 
sulfuric  acid  is  95. 0%  I  l2S04  by  mass  and  has  a  densit) 
of  1 .84  gm/L,  how  many  kilograms  ol  sodium  carbonate 

must  be  added  to  neutralize  the  acid1 
4.109  A  sample  of  5.53  g  of  Mg(OH)2  is  .\ddi\\  to  25.0  mL  ol 

0.200  M  HN03.  (a)  Write  the  chemical  equation  for  the 
reaction  that  occurs,  (b)  Which  is  the  limiting  reactant  in 
the  reaction?  (c)  I  low  many  moles  of  Mg(OI  l)2,  I INO  ,, 

and  Mg(NO-,)2 'm'  present  after  the  reaction  is  complete1 
4.110  A  sample  of  1.50  g  ol  lead(U)  nitrate  is  mixed  with 

125  mL  ot  0.100  Al  sodium  sulfate  solution,  (a)  Write  the 

chemical    equation    for    the    reaction    that  occurs 
(b)  Which  is  the  limiting  reactant  in  the  reaction? 
(c)  What  are  the  concentrations  of  all  ions  that  remain  in 

solution  after  the  reaction  is  complete1 
4.111  A  mixture  contains  76.5%  NaCI,  6.5%  MgCI2,  and  17.0% 

Na2S04  by  mass.  What  is  the  molaritv  ol  C  I    ions  in  , 
solution  formed  by  dissolving  7.50  g  ol  the  mixture  ii 

enough  water  to  form  500.0  ml  of  solution1 
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(4.1121  The  average  concentration  of  bromide  ion  in  seawater  is 
65  nig  of  bromide  ion  per  kg  of  seawater.  What  is  the 
molarity  of  the  bromide  ion  it  the  density  of  the  seawa- 

ter is  1.025  g/mL? 

[4.113]  The  mass  percentage  of  chloride  ion  in  a  25.00-mL  sam- 
ple of  seawater  was  determined  bv  titrating  the  sample 

with  silver  nitrate,  precipitating  silver  chloride.  It  took 
42.58  mL  of  0.2997  M  silver  nitrate  solution  to  reach  the 

equivalence  point  in  the  titration.  What  is  the  mass  per- 
centage of  chloride  ion  in  the  seawater  it  its  density  is 

1.025  g/mL? 

4.114  The  arsenic  in  a  l.22-g  sample  of  a  pesticide  was  con- 

verted to  As04 '  by  suitable  chemical  treatment.  It  was 
then  titrated  using  Ag '  to  form  Ag-sAs04  as  a  precipi- 

tate, (a)  What  is  the  oxidation  state  of  As  in  AsCV  1 
(b)  Name  Ag-,As04  by  analogy  to  the  corresponding 
compound  containing  phosphorus  in  place  of  arsenic. 
(c)  [fit  took  25.0  mL  of  0.102  M  Ag  to  reach  the  equiva- 

lence point  in  this  titration,  what  is  the  mass  percentage 
of  arsenic  in  the  pesticide? 

[4.115]  The  new  standard  tor  arsenate  in  drinking  water, 
mandated  by  the  Safe  Drinking  Water  Act,  requires 

that  bv  January,  2006,  public  water  supplies  must  con- 

tain no  greater  than  10  parts  per  billion  (ppb)  arsenic,  j 
Assuming  that  this  arsenic  is  present  as  arsenate, 

As04^  ,  what  mass  of  sodium  arsenate  would  be  pre-  | 
sent  in  a  1. 00-1.  sample  of  drinking  water  that  just  i 
meets  the  standard  ? 

|4.116|  Federal  regulations  set  an  upper  limit  of  50  parts  per  | 

million  (ppm)  of  NH3  in  the  air  in  a  work  environment  ! 
(that  is,  50  molecules  of  NH^>)  for  every  million  mole-  i 
cules  in  the  air):  Air  from  a  manufacturing  operation 
was      draw  n      through      a      solution      containing  | 
1.00  X  102  ml.  of  0.0105  M  HCI.  The  NH-,  reacts  with 1 ICI  lis  follows: 

NH3(flq)  +  \\C\(aq)   ►  NH4CI(a</) 

After  drawing  air  through  the  acid  solution  for  10.0  min 
at  a  rate  of  10.0  I.  min,  the  acid  was  titrated.  The 
remaining  acid  needed  13.1  mL  of  0.0588  M  NaOH  to 
reach  the  equivalence  point,  (a)  How  many  grams  of 
NH3  were  drawn  into  the  acid  solution?  (b)  How  many 
ppm  of  [\JH3  were  in  the  air?  (Air  has  a  density  of 
1.20  g/L  and  an  av  erage  molar  mass  of  29.0  g/mol  ) 
under  the  conditions  of  the  experiment.)  (c)  Is  this  man-  I 
ufacturer  in  compliance  with  regulations? 

e  M  E  D I A  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  av  ailable  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Accelera- 

tor CD.  Access  to  these  resources  comes  in  your  Media  Pa  k. 

4.117  The  Electrolytes  and  Non-Electrolytes  animation  (4.1) 
and  the  Introduction  to  Aqueous  Acids  and  Introduction 
to  Aqueous  Bases  animations  (4.3)  illustrate  the  behavior 
of  various  substances  in  aqueous  solution.  For  each  of  the 
seven  substances  mentioned  in  the  animations,  write  the 

chemical  equation  that  corresponds  to  dissolution  in 
water.  (The  chemical  formula  of  sugar  is  Ci2H22On-) 
Where  appropriate,  use  the  double  arrow  notation. 

4.118  In  the  Strong  and  Weak  Electrolytes  mov  ie  (4.2),  the 
lightbulb  glows  brightly  when  the  beaker  contains 
aqueous  hydrochloric  acid,  but  relatively  dimly  when 
the  beaker  contains  aqueous  acetic  acid,  (a)  For  each  of 
the  compounds  in  Exercise  4.3,  would  you  expect  an 
aqueous  solution  to  cause  the  bulb  to  light?  If  so,  how 
brightly?  (b)  Consider  the  use  of  aqueous  solutions  of 
each  of  the  following  compounds  in  the  apparatus 
show  n  in  the  demonstration.  For  each  compound,  tell 

w  hether  you  would  expect  the  lightbulb  to  glow  bright- 
ly, dimly,  or  not  at  all:  H2C03/  C2H5OH,  NH4C1.  CaF2, 

and  I II 
4.1 19  (a)  Use  the  solubility  rules  to  predict  what  precipitate,  if 

any,  will  form  as  the  result  of  each  combination, 

(i)  Na2CO-> ,Uhj)  and  Fe(N03)2(a*/),  (ii)  NH4NO^?</)  and 
K2S04(aq),  (iii)  MBr^aq)  and  Fe2(S04)3(fl<7), 
(iv)  H2S04(rt</)  and  Pb(N03)2(fl^),  (v)  Na2S(fl(/)  and 
( \  1 1  ))  >S( )  ■diij  1  Use  the  Ionic  Compounds  activity  (4.2) 
to  check  your  answers,  (b)  For  each  combination  that 

produces  a  prt  ipitate,  write  a  balanced  net  ionic  equa- 
tion, (c)  When  MI,Cl(</</)  and  Pb(N03)2(fl^)  are  com- 

bined, a  precipitate  forms.  What  ions  are  still  present  in 
the  solution  in  significant  concentration  after  the  precip- 

itation? Explain. 

4.120  In  the  Oxidation-Reduction  Chemistry  of  Tin  and  Zinc 
movie  (4.4),  zinc  is  oxidized  by  a  solution  containing  tin 
ions,  (a)  Write  the  equation  corresponding  to  this  redox 
reaction,  (b)  In  addition  to  the  reaction  between  zinc 
metal  and  tin  ions,  there  is  another  process  occurring. 
Write  the  net  ionic  equation  corresponding  to  this 

process.  (Refer  to  Exercise  4.54.) 
4.121  After  watching  the  Solution  Formation  from  a  Solid 

animation  (4.5),  answer  the  following  questions:  (a)  If 
we  neglect  to  account  for  the  mass  of  the  weighing 

paper,  how  would  our  calculated  concentration  differ 
from  the  actual  concentration  of  the  solution?  (b)  De- 

scribe the  process  of  preparing  an  aqueous  solution  of 
known  concentration,  starting  with  a  solid,  (c)  Why  is  it 

necessary  to  make  the  solution  as  described  in  the  ani- 
mation, rather  than  simply  filling  the  flask  up  to 

the  mark  with  water  and  then  adding  the  solute?  (d)  De- 
scribe how  you  would  prepare  the  solution  in  part  (a) 

starting  with  the  concentrated  stock  solution  in  the 
Solution  Formation  by  Dilution  animation  (4.5). 

4.122  Use  the  Acid-Base  Titration  activity  (4.6)  to  determine 
the  concentration  of  an  unknown  acid  by  adding  0.40  M 
NaOH  in  increments  of  1.0  mL.  Repeat  the  titration, 
adding  increments  of  0.10  mL  of  base  near  the  end 

point.  Once  more,  repeat  the  titration,  adding  incre- 
ments of  0.05  mL  of  base  near  the  end  point.  If  your  acid 

is  dilute  enough,  repeat  the  titration  three  more  times, 

using  0.10  M  NaOH  in  1 ,0-mL,  0.50-mL,  and  0.05-mL  in- 
crements, (a)  Tabulate  the  acid  concentrations  that  you 



calculate  from  your  titration  data.  Are  the  values  .ill  the 

same?  II  not,  why  nut.''  (b)  Which  value  do  you  consider 
to  be  most  accurate  and  why? 

4.123  (a)  What  is  the  maximum  concentration  of  monoprotic 
acid  that  could  be  titrated  in  the  Acid-Base  Titration  ac- 

tivity 14. 6)  using  0.05  M  NaOH?  (b)  What  is  the  maxi- 
mum concentration  ol  a  diprotic  a<  id  that  could  be 
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titrated  in  this  simulation  using  0.10  M  base?  (c)  All  oi 
the  acid-base  indicators  available  in  the  simulation 

change  color  within  a  pi  I  range  of  4  to  10.5.  What  ef- 
fect would  the  use  of  an  indicator  such  as  metacresol 

purple  have  on  the  experimentally  determined  value  of 

an  unknown  acid's  concentration1  (Metacresol  purple 
changes  colors  in  the  pi  1  range  of     1.2  to  2.8.) 

|eLABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  ami  skills 
for  this  chapter  in  the  simulated  laboratory  of  Virtual  C  heml  ab. 
Worksheets  for  each  of  these  exercises  are  found  in  the  Virtual 
ChemLab  Workbook  in  your  MediaPak. 
4.124  (VCL  4-1)  Strong  and  Weak  Electrolytes 

As  discussed  in  the  chapter,  strong  electrolytes  are  com- 
pounds that  fully  dissociate  in  water  and  weak  electrolytes 

are  ones  that  do  so  only  to  a  small  extent.  A  method  for 
measuring  the  degree  ol  dissociation  is  to  measure  the 
electrical  conductivitv  ol  the  solution.  In  this  assignment 
you  will  measure  the  conduc  ti\  it\  ol  several  solutions  and 
make  some  important  conclusions. 

4.125  (VCL  4-2)  Precipitation  Reactions 
A  precipitation  reaction  is  defined  as  one  in  which  a 
soluble  cation  and  a  soluble  anion  combine  to  form  an 

insoluble  combination  product.  In  this  assignment  you 
;  will  mix  several  different  combinations  of  cations  and  an- 

ions and  observe  those  that  form  precipitates  and  those 
that  do  not.  You  will  also  w  rite  full  balanced  equations 
and  net  ionic  equations  for  these  reactions. 

4.126  (VCL  4-3)  Concepts  in  Acid-Base  Titrations 
Titrations  provide  a  method  of  quantitatively  measur- 

ing the  concentration  ol  an  unknown  solution.  In  an 

acid-base  titration  tins  is  done  by  delivering  a  titrant  of 
known  concentration  into  an  anal)  te  of  known  volume. 
The  equivalence  point  of  the  titration,  or  the  point 
where  the  analyte  has  been  completely  consumed  by  the 

titrant,  is  identified  by  the  point  when'  the  pH  changes 
rapidly  over  a  small  volume  of  titrant  deliv  ered.  In  this 
assignment  vou  will  titrate  a  strong  acid,  MCI,  with  a 
strong  base,  NaOH,  and  observe  the  pi  I  of  the  solution 
as  a  function  of  the  volume  ol  titrant  deliv  ered. 

4.127  (VCL  4-4)  Predicting  the  Equivalence  Point 
To  make  a  titration  more  efficient  and  more  accurate,  it 

is  often  important  to  be  able  to  predict  the  equivalence 
point  for  the  titration.  In  this  assignment  vou  will  be 

4 

given  0.3000  Al  MCI  and  0.3000  Al  NaOl  I.  You  w  ill  pre- 
dict the  equivalence  point  and  then  perform  the  titration 

to  check  your  prediction. 
4. 1 28  (VCL  4-5)  Predicting  the  Equivalence  Point 

To  make  a  titration  more  efficient  and  more  accurate,  it 

is  often  important  to  be  able  to  predict  the  equivalence 
point  for  the  titration.  In  this  assignment  vou  w  ill  be 

given  0.1276  Al  HC1  and  0.1475  Al  NaOl  I.  You  will  pre- 
dict the  equivalence  point  and  then  perform  the  titration 

to  check  your  prediction. 
4.I21)  (VCL  4-b)  Predicting  the  Equivalence  Point 

To  make  a  titration  more  efficient  and  more  accurate,  it 

is  often  important  to  be  able  to  predict  the  equivalence 
point  for  the  titration.  In  this  assignment  vou  will  be 
given  0.1033  A1  CH3COOH  (acetic  acid,  or  HAc)  and 
0.1104  Al  NaOH.  You  will  predict  the  equiv  alence  point 
and  then  perform  the  titration  to  check  your  prediction. 

4.130  (VCL  4-7)  Acid-Base  Titration:  Practice 

Titrations  provide  a  method  of  quantitatively  measur- 
ing the  concentration  ol  an  unknown  solution.  In  an 

acid-base  titration  this  is  done  by  delivering  a  titrant  ol 
known  concentration  into  an  analyte  ol  known  volume. 

In  this  assignment  you  w  ill  titrate  a  0.3000  A!  solution  of 
NaOH  into  2^  ml.  of  0.301)0  M  HCI.  Although  in  this  sit- 

uation v  ou  know  the  concentration  of  both  NaOH  and 

HCI,  this  will  give  vou  practice  in  performing  a  titration 
and  calculating  the  concentration  of  the  analyte,  which 
in  (his  case  is  HCI. 

4.1.31  (VCL  4-S)  Acid-Base  titration:  Unknown  HCI 

Titrations  provide  a  method  of  quantitatively  measur- 
ing the  concentration  of  an  unknown  solution.  In  an 

acid-base  titration  this  is  done  by  delivering  a  titrant  ol 
known  concentration  into  an  analyte  ol  known  v  olume. 
In  this  assignment  vou  w  ill  titrate  ,1  0.23h4  Al  solution  ol 
NaOH  into  25  mL  of  an  unknown  con(  en  (rat  ion  ol  IK  I 
and  calculate  the  concentration  of  the  I  ICI  solution 
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WHAT'S  AHEAD 

•  We  will  consider  the  nature  of  energy 
and  the  forms  it  takes,  notably  kinetic 
energy  and  potential  energy.  We  will 
also  discuss  the  units  used  in 

measuring  energy  and  the  fact  that 
energy  can  be  used  to  accomplish 
work  or  transfer  heat.  To  study  energy 

changes,  we  focus  on  a  particular 
part  of  the  universe,  which  we  call 
the  system.  Everything  else  is  called 
the  surroundings.  (Section  5.1) 

•  We'll  then  explore  the  first  law  of 
thermodynamics:  Energy  cannot  be 
created  or  destroyed,  but  it  can  be 
transformed  from  one  form  to 
another  or  transferred  between 

systems  and  surroundings. 
(Section  5.2) 

The  energy  possessed  by  a 
system  is  called  its  internal  energy. 
Internal  energy,  E,  is  a  state  function 
because  its  value  depends  only 
on  the  state,  or  condition,  of  a 

system  now,  not  on  how  the 
system  came  to  be  in  that  state. 
(Section  5.2) 

A  related  state  function — 
enthalpy,  H — is  useful  because  the 
change  in  enthalpy,  AH,  measures 
the  quantity  of  heat  energy  gained  or 
lost  by  a  system  in  a  process 
occurring  under  a  constant  pressure. 
(Sections  5.3  and  5.4) 

We  will  examine  colorimetry,  which  is 
the  technique  we  use  to  measure 
heat  changes  in  chemical  processes. 
(Section  5.5) 

Then  we  will  discuss  how  to  establish 
standard  values  for  enthalpy  changes 
in  chemical  reactions  and  how  to  use 
them  to  calculate  enthalpy  changes  for 

reactions  ( AHrxn).  (Sections  5.6  and  5.7) 

Finally,  we'll  examine  foods  and 
fuels  as  sources  of  energy  and 
discuss  some  related  health  and 
social  issues.  (Section  5.8) 
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Thermochemistry 

MODERN  SOCIETY  DEPENDS  ON  ENERGY  for  its  existence.  En- 

ergy is  used  to  drive  our  machinery  and  appli- 

ances, to  power  our  transportation  vehicles,  and 

to  keep  us  warm  in  the  winter  and  cool  in  the 

summer.  It's  not  just  modern  society,  however, 
k       that  depends  on  energy.  Energy  is  necessary  tor  all  of  life.  Plants, 

^       such  as  those  in  the  chapter-opening  photograph,  use  solar  energy 
to  carry  out  photosynthesis,  allowing  the  plants  to  grow.  The 
plants,  in  turn,  provide  food,  from  which  we  humans  derive  the 
energy  we  need  to  mov  e,  to  maintain  body  temperature,  and 

to  carry  out  bodily  functions.  What  exactly  is  energy,  though, 
and  what  principles  are  involved  in  its  many  transactions 
and  transformations,  such  as  those  from  the  sun  to  plants 

to  animals1 In  this  chapter  we  begin  to  explore  energy  and  its 
changes.  In  doing  so,  we  are  motiv  ated  partly  by  the 
fact  that  energy  changes  invariably  accompany 
chemical  reactions.  Indeed,  sometimes  we  use  a 

chemical  reaction  specifically  to  obtain  energy 

as  when  we  burn  fossil  fuels  (coal,  oil,  gaso- 
ine,  or  natural  gas).  Thus,  energy  is  very 

much  a  chemical  topic.  Nearly  all  of  the  en- 
ergy on  which  we  depend  is  derived  from 

chemical  reactions,  whether  those  reac- 
tions are  associated  with  the  combus- 
tion of  fossil  fuels,  the  discharge  of  a 

battery,  or  the  metabolism  of  our 
foods.  Thus,  it  we  are  to  properly 

A        understand  chemistry,  we  must 

^        also    understand    the  energy 

|^      changes     that  accompany lemical  reactions. 
The  study  of  energy 

and  its  transformations 

WILD  FLOWERS.  Plants  utilize  solar  energy  to  carry  out  photosynthesis  of  carbohydrates,  which 

provide  the  energy  needed  for  plant  growth.  Among  the  molecules  produced  by  plants  are  02  and 
ethylene,  C2H4. 
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(b) 

▲  Figure  5.1    Work  and  heat.  Energy  can 
be  used  to  achieve  two  basic  types  of  tasks: 
(a)  Work  is  energy  used  to  cause  an  object  with 
mass  to  move,  (b)  Heat  is  energy  used  to  cause 
the  temperature  of  an  object  to  increase. 

is  known  as  thermodynamics  (Creek:  therme-,  "heat";  dy'namis,  "power").  This 
area  of  study  began  during  the  Industrial  Revolution  as  scientists  and  engi- 

neers studied  the  relationships  among  heat,  work,  and  the  energy  content  of 

fuels  in  an  effort  to  maximize  the  performance  of  steam  engines.  Today  thermo- 
dynamics continues  to  be  enormously  important  in  all  areas  of  science  and  en- 

gineering. In  this  chapter  we  will  examine  an  aspect  of  thermodynamics  that 
involves  the  relationships  between  chemical  reactions  and  energy  changes  in- 

volving heat.  Ibis  portion  of  thermodynamics  is  called  thermochemistry.  We 
will  discuss  additional  aspects  of  thermodynamics  in  Chapter  19. 

5.1  |  The  Nature  of  Energy  

Although  the  idea  of  energy  is  a  familiar  one,  it  is  a  bit  challenging  to  deal  with 
the  concept  in  a  precise  way.  Energy  is  commonly  defined  as  the  capacity  to  do 
work  or  to  transfer  heat.  This  definition  requires  us  to  understand  the  concepts  of 
work  and  heat.  We  can  think  of  work  as  being  energy  used  to  cause  an  object  with 
mass  to  move,  and  heat  as  being  the  energy  used  to  cause  the  temperature  of  an  object 

to  increase  (Figure  5.1  A).  Now  let's  consider  each  of  these  concepts  more  close- 
ly to  give  them  fuller  meaning.  We  begin  by  examining  the  ways  in  which  mat- 
ter can  possess  energy  and  how  that  energy  can  be  transferred  from  one  piece 

of  matter  to  another. 

Kinetic  Energy  and  Potential  Energy 

Objects,  whether  they  are  tennis  balls  or  molecules,  can  possess  kinetic  energy, 

the  energy  of  motion.  The  magnitude  of  the  kinetic  energy,  £/,-,  of  an  object  de- 
pends on  its  mass,  m,  and  speed,  v: 

[5.1] 

Equation  5.1  shows  that  the  kinetic  energy  increases  as  the  speed  of  an  object 

increases.  For  example,  a  car  moving  at  55  miles  per  hour  (mph)  has  greater  ki- 
netic energy  than  it  does  at  40  mph.  For  a  given  speed,  moreover,  the  kinetic  en- 
ergy increases  with  increasing  mass.  Thus,  a  large  sport-utility  vehicle  traveling 

at  55  mph  has  greater  kinetic  energy  than  a  small  sedan  traveling  at  the  same 
speed,  because  the  SUV  has  greater  mass  than  the  sedan.  Atoms  and  molecules 
have  mass  and  are  in  motion.  Thev  therefore  possess  kinetic  energy. 

An  object  can  also  possess  another  form  of  energy,  called  potential  energy, 
by  virtue  of  its  position  relative  to  other  objects.  Potential  energy  arises  when 

there  is  a  force  operating  on  an  object.  A  force  is  any  kind  of  push  or  pull  exert- 
ed on  an  object.  The  most  familiar  force  is  the  pull  of  gravity.  Think  of  a  cyclist 

poised  at  the  top  of  a  hill,  as  illustrated  in  Figure  5.2  T.  Gravity  acts  upon  her 
and  her  bicycle,  exerting  a  force  directed  toward  the  center  of  Earth.  At  the  top  of 

►  Figure  5.2   Potential  energy  and 
kinetic  energy,  (a)  A  bicycle  at  the  top  of  a  hill 
has  a  high  potential  energy  relative  to  the  bottom 
of  the  hill,  (b)  As  the  bicycle  proceeds  down  the 
hill,  the  potential  energy  is  converted  into 
kinetic  energy. 

(a)  (b) 
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the  hill  the  cvclist  and  her  bicycle  possess  a  certain  potential  energy  by  virtue 

of  their  elevation.  I  he  potential  energy  E„,  is  given  by  the  equation  Ef,  =  nigh, 
where  m  is  the  mass  of  the  object  in  question  (in  this  case  the  cyclist  and  bicy- 

cle), //  is  the  height  of  the  object  relative  to  some  reference  height,  and  g  is  the 

gravitational  constant,  L'.s  m  s  .  Once  in  motion,  without  any  further  effort  on 
her  part,  the  cvclist  gains  speed  as  the  bicycle  rolls  down  the  hill.  I  ler  potential 
energy  decreases  as  she  moves  downward,  but  the  energv  does  not  simplv 
disappear.  It  is  conv  erted  to  other  forms  of  energy,  principally  kinetic  energy, 
the  energy  of  motion.  I  his  example  illustrates  that  forms  of  energy  are 
interconvertible. 

Gravitv  is  an  important  kind  of  force  lor  large  objects,  such  as  the  cvclist 

and  Earth.  Chemistry,  however,  deals  mostly  with  extremely  small  objects — 
atoms  and  molecules — and  grav  itational  forces  play  a  negligible  role  in  the 
ways  these  submicroscopic  objects  interact  with  one  another.  More  important 
are  forces  that  arise  from  electrical  charges.  One  of  the  most  important  forms  of 

potential  energy  in  chemistry  is  electrostatic  potential  energy,  which  arises  from 
the  interactions  between  charged  particles.  I  he  electrostatic  potential  energy, 
E(,/,  is  proportional  to  the  electrical  charges  on  the  two  interacting  objects,  Qj 
and  Q2,  and  inversely  proportional  to  the  distance  separating  them: 

Eel  =  [3.2] 

Here  k  is  simplv  a  constant  of  proportionality,  8.99  X  109J-m/C  .  [C  is  the 
coulomb,  a  unit  ot  electrical  charge  ,  and  J  is  the  joule,  a  unit  of 

energy  that  we  will  soon  discuss.]  When  dealing  with  molecular-level  objects, 
the  electrical  charges  Oj  and  Q2  are  typically  on  the  order  of  magnitude  of  the 

charge  of  the  electron  (  l.hl)  •  10  C).  When  0\  and  (J  2  have  the  same  sign 
(for  example,  both  are  positive),  the  two  charges  repel  one  another,  pushing 
them  apart,  and  E,,/  is  positiv  e.  When  they  have  opposite  signs,  they  attract  one 

another,  pulling  them  toward  each  other,  and  /,  /  is  negative.  The  lower  the  en- 
ergy of  a  system,  the  more  stable  it  is.  Thus,  the  more  strongly  opposite  charges 

interact,  the  more  stable  the  system. 

One  of  our  goals  in  chemistry  is  to  relate  the  energy  changes  that  we  see  in 
our  macroscopic  world  to  the  kinetic  or  potential  energv  ot  substances  at  the 

atomic  or  molecular  level.  Many  substances — fuels,  for  example — release  energy 
when  they  react.  The  chemical  energy  of  these  substances  is  due  to  the  potential  en- 

ergy stored  in  the  arrangements  of  the  atoms  ot  the  substance.  Likewise,  we  w  ill 
see  that  the  energy  a  substance  possesses  because  ot  its  temperature  (its  thermal 
energy)  is  associated  with  the  kinetic  energv  ot  the  molecules  in  the  substance. 

9 GIVE  IT  SOME  THOUGHT 

What  are  the  terms  for  the  energy  an  object  possesses  (a)  because  of  its  motion, 

(b)  because  of  its  position?  What  terms  are  used  to  describe  changes  of  energy  as- 
sociated with  (c)  temperature  changes,  (d)  moving  an  object? 

Units  of  Energy 

The  SI  unit  for  energy  is  the  joule  (pronounced  "jool"),  |,  in  honor  of  lames 
Joule  (1818-1881-)),  a  British  scientist  who  investigated  work  and  heat: 

J  =  1  kg-irr/s"".  A  mass  of  2  kg  moving  at  a  speed  of  1  m/s  possesses  a  kinetic 
energy  of  1  J: 

Ek  =  \mv2  =  |(2  kg)(l  m/s)2  =  I  kg-m2/s2  =  1  J 

A  joule  is  not  a  large  amount  ot  energv,  and  we  will  often  use  kilojoules  (k|)  in 
discussing  the  energies  associated  with  chemical  reactions. 
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A  Figure  5.3   A  closed  system  and  its 
surroundings.  Hydrogen  and  oxygen  gases  are 
confined  in  a  cylinder  with  a  movable  piston.  If 
we  are  interested  only  in  the  properties  of  these 
gases,  the  gases  are  the  system  and  the  cylinder 
and  piston  are  part  of  the  surroundings.  Because 
the  system  can  exchange  energy  (in  the  form  of 
heat  and  work)  but  not  matter  with  its 
surroundings,  it  is  a  closed  system. 

Traditionally,  energy  changes  accompanying  chemical  reactions  have  been 

expressed  in  calories,  a  non-SI  unit  still  widely  used  in  chemistry,  biology,  and 
biochemistry.  A  calorie  (cal)  was  originally  defined  as  the  amount  of  energy  re-  r 

quired  to  raise  the  temperature  of  1  g  of  water  from  14.5°C  to  15.5°C.  It  is  now  j 
defined  in  terms  of  the  joule: 

I  cal  =  4.184  J  (exactly) 

A  related  energy  unit  used  in  nutrition  is  the  nutritional  Caloric  (note  that  this 

unit  is  capitalized):  1  Cal  =  1000  cal  =  1  kcal. 

System  and  Surroundings 

When  we  analyze  energy  changes,  we  need  to  focus  our  attention  on  a  limited 

and  well-defined  part  of  the  universe  to  keep  track  of  the  energy  changes  that  ! 
occur.  The  portion  we  single  out  for  study  is  called  the  system;  everything  else 

is  called  the  surroundings.  When  we  study  the  energy  change  that  accompa- 
nies a  chemical  reaction  in  the  laboratory,  the  reactants  and  products  usually  i 

constitute  the  system.  The  container  and  everything  beyond  it  are  then  consid-  , 
ered  the  surroundings.  The  systems  we  can  most  readily  study  are  called  closed 

systems.  A  closed  system  can  exchange  energy  but  not  matter  with  its  surround- 
ings. For  example,  consider  a  mixture  of  hydrogen  gas,  H2,  and  oxygen  gas, 

Ot,  in  a  cylinder,  as  illustrated  in  Figure  5.3  •<  The  system  in  this  case  is  just  the  i 
hydrogen  and  oxygen;  the  cylinder,  piston,  and  everything  beyond  them  (in- 

cluding us)  are  the  surroundings.  If  the  hydrogen  and  oxygen  react  to  form 

water,  energy  is  liberated: 

2  H2(g)  +  02(g) 2  H20(g)  +  energy 

Although  the  chemical  form  of  the  hydrogen  and  oxygen  atoms  in  the  system  is 

changed  by  this  reaction,  the  system  has  not  lost  or  gained  mass;  it  undergoes 

no  exchange  of  matter  with  its  surroundings.  However,  it  does  exchange  ener- 
gy with  its  surroundings  in  the  form  of  work  and  heat.  These  are  quantities  that 

we  can  measure,  as  we  will  now  discuss. 

Transferring  Energy:  Work  and  Heat 

Figure  5.1  illustrates  the  two  ways  that  we  experience  energy  changes  in  our 

everyday  lives — in  the  form  of  work  or  heat.  In  Figure  5.1(a)  energy  is  trans- 
ferred from  the  tennis  racquet  to  the  ball,  changing  the  direction  and  speed  of 

the  ball's  movement.  In  Figure  5.1(b)  energy  is  transferred  in  the  form  of  heat. 
Indeed,  energy  is  transferred  between  systems  and  surroundings  in  two  gener- 

al ways,  as  work  or  heat. 

Energy  used  to  cause  an  object  to  move  against  a  force  is  called  work.  Thus, 
we  can  define  work,  iv,  as  the  energy  transferred  when  an  object  is  moved  by  a 
force.  The  magnitude  of  this  work  equals  the  product  of  the  force,  F,  and  the 
distance,  d,  that  the  object  is  moved: 

w  =  F  X  d  [5.3] 

We  perform  work,  for  example,  when  we  lift  an  object  against  the  force  of  grav- 
ity or  when  we  bring  two  like  charges  closer  together.  If  we  define  the  object  as 

the  system,  then  we — as  part  of  the  surroundings — are  performing  work  on 
that  system,  transferring  energy  to  it. 

The  other  way  in  which  energy  is  transferred  is  as  heat.  Heat  is  the  energy 
transferred  from  a  hotter  object  to  a  colder  one.  Or  stating  this  idea  in  a  slightly 
more  abstract  but  nevertheless  useful  way,  we  can  define  heat  as  the  energy 

transferred  between  a  system  and  its  surroundings  as  a  result  of  their  difference 

in  temperature.  A  combustion  reaction,  such  as  the  burning  of  natural  gas  illus- 
trated in  Figure  5.1(b),  releases  the  chemical  energy  stored  in  the  molecules  of 
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the  fuel.  It  we  define  the  substances  involved  in  the  reaction 

as  the  system  and  everything  cist-  as  the  surroundings,  we  find  that  the  released 
energy  causes  the  temperature  of  the  system  to  increase.  Energy  in  the  form  of 
heat  is  then  transferred  from  the  hotter  system  to  the  cooler  surroundings. 

We  will  end  this  section  with  one  more  example  of  energy  changes  that  il- 
lustrates some  of  the  concepts  that  we  have  discussed.  Consider  a  ball  of  mod- 

eling clay,  which  we  will  define  as  the  system.  If  we  lift  the  ball  to  the  top  of  a 

wall,  as  shown  in  Figure  5.4(a)  we  are  doing  work  against  the  force  of  gravi- 
ty. The  energy  we  transfer  to  the  ball  by  doing  work  on  it  increases  its  potential 

energy  because  the  ball  is  now  at  a  greater  height.  It  the  ball  now  rolls  off  the 
wall,  as  in  Figure  5.4(b),  its  downward  speed  increases  as  its  potential  energy  is 
converted  to  kinetic  energy.  When  the  clay  ball  strikes  the  ground  [Figure 

5.4(c)],  it  stops  moving  and  its  kinetic  energy  goes  to  zero.  Some  of  the  kinetic 
energy  is  used  to  do  work  in  squashing  the  ball,  and  the  rest  is  dissipated  to  the 

surroundings  as  heat  during  the  collision  with  the  ground.  The  "bookkeeping" 
of  the  various  transfers  of  energy  between  the  system  and  the  surroundings  as 
work  and  heat  is  the  focus  of  Section  5.2. 

■■  SAMPLE  EXERCISE  5.1  |  Describing  and  Calculating  Energy  Changes 

A  bowler  lifts  a  5.4-kg  ( 12-lb)  bowling  ball  from  ground  lex  el  to  a  height  of  1  .6  m  (5.2 
feet)  and  then  drops  the  ball  back  to  the  ground,  (a)  What  happens  to  the  potential 
energy  of  the  bowling  ball  as  it  is  raised  from  the  ground?  (b)  What  quantity  of  work, 
in  J,  is  used  to  raise  the  ball?  (c)  After  the  ball  is  dropped,  it  gains  kinetic  energy.  If  we 
assume  that  all  of  the  work  done  in  part  (b)  has  been  converted  to  kinetic  energy  by 
(he  time  the  ball  strikes  the  ground,  what  is  the  speed  of  the  ball  at  the  instant  just  be- 

fore it  hits  the  ground?  (Note:  The  tone  due  to  grav  ity  is  F  =  m  /  g,  where  m  is  the 
mass  of  the  object  and  g  is  the  gravitational  constant;  g  =  9.8  m/s  .) 
Solution 

Analyze:  We  need  to  relate  the  potential  energy  of  the  bowling  ball  to  its  position  rel- 
ative to  the  ground.  We  then  need  to  establish  the  relationship  between  work  and  the 

change  in  potential  energy  of  the  ball.  Finally,  we  need  to  connect  the  change  in  po- 
tential energy  when  the  ball  is  dropped  with  the  kinetic  energy  attained  bv  the  ball. 

Plan:  We  can  calculate  the  work  done  in  lifting  the  ball  by  using  Equation  5.3: 
w  =  F  X  d.  We  can  calculate  the  kinetic  energy  of  the  ball  at  the  moment  of  impact 
using  Equation  5.1  and  from  that  calculate  the  speed  V. 
Solve:  (a)  Because  the  bowling  ball  is  raised  to  a  greater  height  above  the  ground,  its 
potential  energy  increases. 

(b)  The  ball  has  a  mass  of  5.4  kg,  and  it  is  lifted  a  distance  of  1.6  m.  To  calculate 
the  work  performed  to  raise  the  ball,  we  use  both  Equation  5.3  and  F  =  m  X  g  for  the 
force  that  is  due  to  gravity: 

w  =  F  X  d  =  /;;  <  g  x  d  =  (5.4  kg)(9.8  m/s2)(1.6  m)  =  85  kg-irr/s2  =  85  J 
Thus,  the  bowler  has  done  85  |  of  work  to  lift  the  ball  to  a  height  of  1 .6  m. 

(c)  When  the  ball  is  dropped,  its  potential  energy  is  conv  erted  to  kinetic  energy. 
At  the  instant  just  before  the  ball  hits  the  ground,  we  assume  that  the  kinetic  energy 
is  equal  to  the  work  done  in  part  (b),  85  |: 

Ek  =  \mv2  =  85  J 
We  can  now  solve  this  equation  for  v: 

85  kg-m2/s 

(b) 

(<  ) 

A  Figure  5.4  A  ball  of  clay  can  be  used 
to  show  energy  interconversions.  (a)  At  the 
top  of  the  wall,  the  ball  has  potential  energy  that 
is  due  to  gravity,  (b)  As  the  ball  falls,  its  potential 
energy  is  converted  into  kinetic  energy,  (c)  When 
the  ball  strikes  the  ground,  some  of  the  kinetic 
energy  is  used  to  do  work  in  squashing  the  ball; 
the  rest  is  released  as  heat. 

v  =  \/?>]  .5  itt/s2  =  5.6  m/s 

Check:  Work  must  be  done  in  part  (b)  to  increase  the  potential  energy  of  the  ball, 
which  is  in  accord  with  our  experiences.  The  units  are  appropriate  in  both  parts  (b) 
and  (c).  The  work  is  in  units  of  J  and  the  speed  in  units  of  m/s.  In  part  (c)  we  have  car- 

ried an  additional  digit  in  the  intermediate  calculation  involving  the  square  root,  but 
we  report  the  final  value  to  only  two  significant  figures,  as  appropriate. 
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Comment:  A  speed  of  1  m/s  is  roughly  2  mph,  so  the  bowling  ball  has  a  sp<  i 
greater  than  10  mph  upon  impact. 

Wm  PRACTICE  EXERCISE 

What  is  the  kinetic  energy,  in  J,  of  (a)  an  Ar  atom  moving  with  a  speed  of  650  m/s, 

(b)  a  mole  of  Ar  atoms  moving  with  a  speed  of  650  m/s?  (Hint:  1  amu  =  1.66  X  10~27  kg) 
Answers:  (a)  1.4  •  10  211  [,  (b)  8.4  -  II) '  | 

5.2  |  The  First  Law  of  Thermodynamics 

We  have  seen  that  the  potential  energy  ol  a  system  can  be  converted  into  kinet- 
ic energy,  and  vice  versa.  We  have  also  seen  that  energy  can  be  transferred  back 

and  forth  between  a  system  and  its  surroundings  in  the  forms  of  work  and  heat. 
In  general,  energy  can  be  converted  from  one  form  to  another,  and  it  can  be 

transferred  from  one  place  to  another.  All  of  these  transactions  proceed  in  ac- 
cord with  one  of  the  most  important  observations  in  science — that  energy  can 

be  neither  created  nor  destroyed.  This  universal  truth,  known  as  the  first  law  of 

thermodynamics,  can  be  summarized  by  a  simple  statement:  Energy  is  con- 
served. Any  energy  that  is  lost  by  the  system  must  be  gained  by  the  surround- 

ings, and  vice  versa.  To  apply  the  first  law  quantitatively,  let's  first  define  the 
energy  of  a  system  more  precisely- 

Internal  Energy 

The  internal  energy  of  a  system  is  the  sum  of  all  the  kinetic  and  potential  ener- 
gies of  all  its  components.  For  the  system  in  Figure  5.3,  for  example,  the  internal 

energy  includes  the  motions  of  the  H2  and  02  molecules  through  space,  their 
rotations  and  internal  vibrations.  It  also  includes  the  energies  of  the  nuclei  of 
each  atom  and  of  the  component  electrons.  We  represent  the  internal  energy 

with  the  symbol  E.  (Some  texts,  particularly  more  advanced  ones,  use  the  sym- 

bol IE)  We  generally  don't  know  the  actual  numerical  value  of  E.  What  we  can 
hope  to  know,  however,  is  AE  (read  "delta  E"),*  the  change  in  £  that  accompa- 

nies a  change  in  the  system. 
Imagine  that  we  start  with  a  system  with  an  initial  internal  energy,  Einitia] . 

The  system  then  undergoes  a  change,  which  might  involve  work  being  done  or 
heat  being  transferred.  After  the  change,  the  final  internal  energy  of  the  system 
is  Efinai.  We  define  the  change  in  internal  energy,  AE,  as  the  difference  between 
Efinal  aRd  ̂initial1 

AE  =  Efinai  -  Einitial  [5.4] 

We  don't  really  need  to  know  the  actual  values  of  Efjnai  or  Einitlai  for  the  system. 
To  apply  the  first  law  of  thermodynamics,  we  need  only  the  value  of  AE. 

Thermodynamic  quantities  such  as  AE  have  three  parts:  a  number  and  a 
unit  that  together  give  the  magnitude  of  the  change,  and  a  sign  that  gives  the 

direction.  A  positive  value  of  AE  results  when  Efjnai  >  Einitial/  indicating  the  sys- 
tem has  gained  energy  from  its  surroundings.  A  negative  value  of  AE  is  obtained 

when  Efinaj  <  Einitiai,  indicating  the  system  has  lost  energy  to  its  surroundings. 

Notice  that  we  are  taking  the  system's  point  of  view  rather  than  that  of  the  sur- 
roundings in  discussing  the  energy  changes.  We  need  to  remember,  however, 

that  any  change  in  the  energy  of  the  system  is  accompanied  by  an  opposite 
change  in  the  energy  of  the  surroundings.  These  features  of  energy  changes  are 
summarized  in  Figure  5.5  ►. 

*  The  symbol  A  is  commonly  used  to  denote  change.  For  example,  a  change  in  height,  //,  can  be  rep- 
resented by  A/;. 
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▲  Figure  5.5   Changes  in  internal  energy,  (a)  When  a  system  loses  energy,  that  energy  is  released  to 
the  surroundings.  The  loss  of  energy  is  represented  by  an  arrow  that  points  downward  between  the  initial  and 
final  states  of  the  system.  In  this  case,  the  energy  change  of  the  system,  Af     Ffjna|     fjnitial.  's  negative, 
(b)  When  a  system  gains  energy,  that  energy  is  gained  from  the  surroundings.  In  this  case,  the  gain  of  energy  is 
represented  by  an  arrow  that  points  upward  between  the  initial  and  final  states  of  the  system,  and  the  energy 
change  of  the  system  is  positive.  Notice  in  both  (a)  and  (b)  that  the  vertical  arrow  originates  at  the  initial  state 
and  has  its  head  at  the  final  state. 

In  a  chemical  reaction  the  initial  state  of  the  system  refers  to  the  reactants, 
and  the  final  state  refers  to  the  products.  When  hydrogen  and  oxygen  form 
water  at  a  given  temperature,  the  system  loses  energy  to  the  surroundings  as 
heat.  Because  heat  is  lost  from  the  system,  the  internal  energy  of  the  products 
(final  state)  is  less  than  that  of  the  reactants  (initial  state),  and  A/  for  the  process 

is  negative.  Thus,  the  energy  diagram  in  Figure  5.6  ►  shows  that  the  internal  en- 
ergy of  the  mixture  of  Hi  and  O2  is  greater  than  that  of  FLO. 

Relating  HE  to  Heat  and  Work 

As  we  noted  in  Section  5.1,  a  system  may  exchange  energy  with  its  surround- 
ings as  heat  or  as  work.  The  internal  energy  of  a  system  changes  in  magnitude 

as  heat  is  added  to  or  remov  ed  from  the  system  or  as  work  is  done  on  it  or  by  it. 

If  we  think  of  internal  energy  as  being  the  system's  bank  account  of  energy,  we 
see  that  deposits  or  withdrawals  can  be  made  either  in  terms  of  heat  or  in  terms 
of  work.  Deposits  increase  the  energy  of  the  system  (positive  AE),  whereas 
withdrawals  decrease  the  energy  of  the  system  (negative  AE). 

We  can  use  these  ideas  to  write  a  very  useful  algebraic  expression  of  the 

first  law  of  thermodynamics.  When  a  system  undergoes  any  chemical  or  physi- 
cal change,  the  magnitude  and  sign  of  the  accompanying  change  in  internal  en- 

ergy, AE,  is  given  by  the  heat  added  to  or  liberated  from  the  system,  q,  plus  the 
work  done  on  or  by  the  system,  w: 

A/ 

'/ 

When  heat  is  added  to  a  system  or  work  is  done  on  a  system,  its  internal  energy  in- 
creases. Therefore,  when  heat  is  transferred  to  the  system  from  the  surround- 

ings, q  has  a  positiv  e  value.  Adding  heat  to  the  system  is  like  making  a  deposit 

to  the  energy  account — the  total  amount  of  energy  goes  up.  Likewise,  when 
work  is  done  on  the  system  by  the  surroundings,  w  has  a  positive  value 

(Figure  5.7  ►).  That  too  is  a  deposit,  increasing  the  internal  energy  of  the  sys- 
tem. Conversely,  both  the  heat  lost  bv  the  system  to  the  surroundings  and  the 

work  done  by  the  system  on  the  surroundings  have  negative  values;  that  is, 
they  lower  the  internal  energy  of  the  system.  They  are  energy  withdrawals  and 
as  a  result,  lower  the  total  amount  of  energy  in  the  energy  account.  The  sign 

conventions  for  q,  w,  and  AE  are  summarized  in  Table  5.1  ►.  Notice  that  any  en- 
ergy entering  the  system  as  either  heat  or  work  carries  a  positive  sign. 

Energy  gained 
from  surroundings 

H2(tf),02 

Or) 

- 
AE  0 AE  0 

2j 

H20(/) 

▲  Figure  5.6   Energy  diagram  for  the 
interconversion  of  H2(g),  02(g)  and  H20(/). 
A  system  composed  of  H:(g)  and  02(g)  has  a 
greater  internal  energy  than  one  composed  of 
H20(/).  The  system  loses  energy  (Af     0)  when 
H2  and  02  are  converted  to  H20  It  gams  energy 
(Af     0)  when  H20  is  decomposed  into  H2 and  02. 

System 
Heat  q  >  0 

Surroundings 

Work  10  >  0 

AE  >  0 

▲  Figure  5.7   Sign  conventions  for  heat 
and  work.  Heat,  q,  absorbed  by  a 
work,  w,  done  on  a  system  are  both  positive 
quantities.  Both  increase  the  internal  energy,  f, 
of  the  system,  causing  Af,  which  equals  q  w, 
to  also  be  a  positive  quantity 
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ACTIVITY 
Sign  Conventions  for  q  and  w 

TABLE  5.1    Sign  Conventions  for  q,  w,  and  AE 

For  q      +  means  system  gains  heat  means  system  loses  heat 
Force      +  means  work  done  on  system  -  means  work  done  by  system 
f  or  Af     -  means  net  gain  ot  energy  by  system  -  means  net  loss  of  energy  by  system 

■1  SAMPLE  EXERCISE  5.2  |  Relating  Heat  and  Work  to  Changes  of  Internal  Energy 

Two  gases,  A(g)  and  B(y),  are  confined  in  a  cylinder-and-piston  arrangement  like  that 
in  Figure  5.3.  Substances  A  and  B  react  to  form  a  solid  product:  A(g)  +  B(g)  — *C(s). 
As  the  reactions  occurs,  the  system  loses  1150  J  of  heat  to  the  sourrounding.  The  pis- 

ton moves  downward  as  the  gases  react  to  form  a  solid.  As  the  volume  of  the  gas  de- 
creases under  the  constant  pressure  of  the  atmosphere,  the  surroundings  do  480  J  of 

work  on  the  system.  What  is  the  change  in  the  internal  energy  of  the  system? 

Solution 

Analyze:  The  question  asks  us  to  determine  AE,  given  information  about  (/  and  u>. 
Plan:  We  first  determine  the  signs  of  q  and  w  (Table  5.1)  and  then  use  Equation  5.5, 
AE  =  q  +  w,  to  calculate  AE. 
Solve:  Heat  is  transferred  from  the  system  to  the  surroundings,  and  work  is  done  on 

the  system  by  the  surroundings,  so  q  is  negative  and  w  is  positive:  q  =  -1150  J  and 
w  =  480  kj.  Thus,  AE  is 

AE  =  </  +  re  =  (-1150  J)  +  (480J)  =  -670  J 

The  negative  value  of  AE  tells  us  that  a  net  quantity  of  670  J  of  energy  has  been  trans- 
ferred from  the  system  to  the  surroundings. 

Comment:  You  can  think  of  this  change  as  a  decrease  of  670  J  in  the  net  value  of  the 

system's  energy  bank  account  (hence  the  negative  sign);  1150  J  is  withdrawn  in  the  form 
of  heat,  while  480  J  is  deposited  in  the  form  of  work.  Notice  that  as  the  volume  of  the 
gases  decreases,  work  is  being  done  on  the  system  by  the  surroundings  resulting  in  a 
deposit  of  energy. 

■■  PRACTICE  EXERCISE 

Calculate  the  change  in  the  internal  energy  of  the  system  for  a  process  in  which  the 

system  absorbs  140  J  of  heat  from  the  surroundings  and  does  85  J  of  work  on  the  sur- rou  ndings. 
Answer:  +55  J 

Endothermic  and  Exothermic  Processes 

When  a  process  occurs  in  w  hich  the  system  absorbs  heat,  the  process  is  called 

endothermic.  (Endo-  is  a  prefix  meaning  "into.")  During  an  endothermic  process, 
such  as  the  melting  of  ice,  heat  flows  into  the  system  from  its  surroundings.  If  we, 
as  part  of  the  surroundings,  touch  a  container  in  which  ice  is  melting,  it  feels  cold 
to  us  because  heat  has  passed  from  our  hands  to  the  container. 

A  process  in  which  the  system  loses  heat  is  called  exothermic.  (Exo-  is  a  pre- 

fix meaning  "out  of.")  During  an  exothermic  process,  such  as  the  combustion  of 
gasoline,  heat  exits  or  flows  out  of  the  system  and  into  the  surroundings. 
Figure  5.8  ►  shows  two  examples  of  chemical  reactions,  one  endothermic  and 
the  other  highly  exothermic.  In  the  endothermic  process  shown  in  Figure  5.8(a),  the 

temperature  in  the  beaker  decreases.  In  this  case  the  system  consists  of  the  chemi- 
cal reactants  and  products.  The  solvent  in  which  they  are  dissolved  is  part  of 

the  surroundings.  Heat  flows  from  the  solvent,  as  part  of  the  surroundings,  into 

the  system  as  reactants  are  converted  to  products.  Thus,  the  temperature  of  the 
solution  drops. 

State  Functions 

Although  we  usually  have  no  way  of  knowing  the  precise  value  of  the  internal 

energy  of  a  system,  E,  it  does  have  a  fixed  value  for  a  given  set  of  conditions. 



(a) 

The  First  Law  of  Thermodynamics 

17 
■4  Figure  5.8   Examples  of  endothermic 
and  exothermic  reactions,  (a)  When 
ammonium  thiocyanate  and  barium  hydroxide 
octahydrate  are  mixed  at  room  temperature,  an 
endothermic  reaction  occurs: 

2  NH4SCN(s)  +  Ba(OH)2-8  H,0(s)  - 
Ba(SCN)2(oc/)  *  2NH5(fl(?)  •  10H20(/). 
As  a  result,  the  temperature  of  the  system  drops 

from  about  20°C  to  -  9  C.  (b)  The  reaction  of 
powdered  aluminum  with  Fe205  (the  thermite 
reaction)  is  highly  exothermic.  The  reaction 
proceeds  vigorously  to  form  Al205 
and  molten  iron: 

2  Al(s)  +  Fe205(s)   •  Al205(s)  *  2  Fe(/). 

The  conditions  that  influence  internal  energy  include  the  temperature  and  pres- 
sure. Furthermore,  the  total  internal  energy  of  a  system  is  proportional  to  the 

total  quantity  of  matter  in  the  system  because  energy  is  an  extensiv  e  property. 
(Section  1 .3) 

Suppose  we  define  our  system  as  50  g  of  water  at  25  C,  as  in  Figure  5.9  T. 

The  system  could  have  arriv  ed  at  this  state  by  cooling  50  g  of  water  from  100'C 
or  by  melting  50  g  of  ice  and  subsequently  warming  the  water  to  25  C.  The  in- 

ternal energy  of  the  water  at  25  C  is  the  same  in  either  case.  Internal  energy  is 
an  example  of  a  state  function,  a  property  of  a  system  that  is  determined  by 

specifying  the  system's  condition,  or  state,  (in  terms  of  temperature,  pressure, 
location,  and  so  forth).  The  value  of  a  state  function  depends  only  on  the  present  state 
of  the  system,  not  on  the  path  the  system  took  to  reach  that  state.  Because  £  is  a  state 
function,  A£  depends  only  on  the  initial  and  final  states  of  the  system,  not  on 
how  the  change  occurs. 

An  analogy  may  help  to  explain  the  difference  between  quantities  that  are 
state  functions  and  those  that  are  not.  Suppose  you  are  traveling  between 

Chicago  and  Denver.  Chicago  is  5%  ft  above  sea  level;  Denver  is  5280  ft  above- 
sea  level.  No  matter  what  route  you  take,  the  altitude  change  will  be  4684  ft. 

The  distance  you  travel,  howev  er,  will  depend  on  your  route.  Altitude  is  analo- 
gous to  a  state  function  because  the  change  in  altitude  is  independent  of  the 

path  taken.  Distance  traveled  is  not  a  state  function. 
Some  thermodynamic  quantities,  such  as  E,  are  state  functions.  Others, 

such  as  </  and  a1,  are  not.  Although  AE  =  q  +  w  does  not  depend  on  how  the 
change  occurs,  the  specific  amounts  of  heat  and  work  produced  depend  on 
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Dissolution  of  Ammonium  Nitrate 

50  g 
FFO(/) 

100°C 

50  g 

H,0<7) 

25°C 

Cooling 
Heating 

50  g 

FFOL 
0°C 

-4  Figure  5.9   Internal  energy,  E,  a  state 
function.  E  depends  only  on  the  present  state  of 
the  system  and  not  on  the  path  by  which  it 
arrived  at  that  state  The  internal  energy  of  50  g 

of  water  at  25°C  is  the  same  whether  the  water  is 

cooled  from  a  higher  temperature  to  25°C  or 
warmed  from  a  lower  temperature  to  25°C 
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►  Figure  5.10  Internal  energy  is  a  state 
function,  but  heat  and  work  are  not.  The 
amounts  of  heat  and  work  transferred  between 
the  system  and  the  surroundings  depend  on  the 
way  in  which  the  system  goes  from  one  state  to 
another,  (a)  A  battery  shorted  out  by  a  wire  loses 
energy  to  the  surroundings  only  as  heat;  no  work 
is  performed  by  the  system,  (b)  A  battery 
discharged  through  a  motor  loses  energy  as  work 
(to  make  the  fan  turn)  and  also  loses  energy  as 
heat.  Now,  however,  the  amount  of  heat  lost  is 
much  less  than  in  (a).  The  value  of  A£  is  the 
same  for  both  processes  even  though  the  values 
of  q  and  w  in  (a)  are  different  from  the  values  of 
q  and  w  in  (b). 

mm 
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Charged  battery 
Huat 

♦ 

Heat 

Work 

(b) 

Energy 

A£  lost  by 
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the  way  in  which  the  change  is  carried  out,  analogous  to  the  choice  of  travel 
route  between  Chicago  and  Denver.  Nevertheless,  if  changing  the  path  by 
which  a  system  goes  from  an  initial  state  to  a  final  state  increases  the  value  of  q, 
that  path  change  will  also  decrease  the  value  of  w  by  exactly  the  same  amount. 
The  result  is  that  the  value  for  AE  for  the  two  paths  will  be  the  same. 

We  can  illustrate  this  principle  with  the  example  of  a  flashlight  battery  as 
our  system.  In  Figure  5.10  ▲,  we  consider  two  possible  ways  of  discharging  the 
battery  at  constant  temperature.  If  the  battery  is  shorted  out  by  a  coil  of  wire,  no 
work  is  accomplished  because  nothing  is  moved  against  a  force.  All  the  energy 
is  lost  from  the  battery  in  the  form  of  heat.  (The  wire  coil  will  get  warmer  and 
release  heat  to  the  surrounding  air.)  On  the  other  hand,  if  the  battery  is  used  to 
make  a  small  motor  turn,  the  discharge  of  the  battery  produces  work.  Some 

heat  will  be  released  as  well,  although  not  as  much  as  when  the  battery  is  short- 
ed out.  The  magnitudes  of  q  and  re  are  different  for  these  two  cases.  If  the  initial 

and  final  states  of  the  battery  are  identical  in  both  cases,  however,  then 

AE  =  q  +  w  must  be  the  same  in  both  cases  because  £  is  a  state  function.  Thus,  A£ 
depends  only  on  the  initial  and  final  states  of  the  system,  regardless  of  how  the 
transfers  of  energy  occur  in  terms  of  heat  and  work. 

0    SWE  IT  SOME  THOUGHT 

In  what  ways  is  the  balance  in  your  checkbook  a  state  function? 

5.3  |  Enthalpy  

The  chemical  and  physical  changes  that  occur  around  us,  such  as  photosyn- 
thesis in  the  leaves  of  a  plant,  the  evaporation  of  water  from  a  lake,  or  a  reac- 

tion in  an  open  beaker  in  a  laboratory,  occur  at  essentially  constant 
atmospheric  pressure.  The  changes  can  result  in  the  release  or  absorption  of 
heat  or  can  be  accompanied  by  work  that  is  done  by  or  on  the  system.  It  is  the 
heat  flow  that  is  easiest  to  measure,  so  we  will  begin  to  focus  on  that  aspect  of 

reactions.  Nevertheless,  we  still  need  to  account  for  any  work  that  accompa- 
nies the  process. 

Most  commonly,  the  only  kind  of  work  produced  by  chemical  or  physical 
changes  open  to  the  atmosphere  is  the  mechanical  work  associated  with  a 
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■4  Figure  5.11    A  system  that  does  wo 
on  its  surroundings,  (a)  An  apparatus  for 
studying  the  reaction  of  zinc  metal  with 
hydrochloric  acid  at  constant  pressure.  The  piston 
is  free  to  move  up  and  down  in  its  cylinder  to 
maintain  a  constant  pressure  equal  to 
atmospheric  pressure  inside  the  apparatus 
Notice  the  pellets  of  zinc  in  the  L-shaped  arm  on 
the  left.  When  this  arm  is  rotated,  the  pellets  will 
fall  into  the  main  container  and  the  reaction  will 

begin,  (b)  When  zinc  is  added  to  the  acid 
solution,  hydrogen  gas  is  evolved.  The  hydrogen 
gas  does  work  on  the  surroundings,  raising  the 
piston  against  atmospheric  pressure  to  maintain 
constant  pressure  inside  the  reaction  vessel. 

1 IC  I  solution HCI  solution 

(a) 
(b) 

change  in  the  volume  of  the  system.  Consider,  for  example,  the  reaction  of  zinc 
metal  with  hydrochloric  acid  solution: 

Zn(s)  +  2  H  '(</</)  >  Zn2+(aq)  +  H2(g)  [5.6] 
If  we  carry  out  this  reaction  in  the  laboratory  hood  in  an  open  beaker,  we  can  see 

the  evolution  of  hydrogen  gas,  but  it  may  not  be  so  obvious  that  work  is  being 

done.  Still,  the  hydrogen  gas  that  is  being  produced  must  expand  against  the  ex- 
isting atmosphere,  which  requires  the  system  to  do  work.  We  can  see  this  better  by 

conducting  the  reaction  in  a  closed  vessel  at  constant  pressure,  as  illustrated  in 

Figure  5.11  ▲.  In  this  apparatus  the  piston  moves  up  or  down  to  maintain  a  con- 
stant pressure  in  the  reaction  vessel.  If  we  assume  for  simplicity  that  the  piston  has 

no  mass,  the  pressure  in  the  apparatus  is  the  same  as  the  atmospheric  pressure 
outside  the  apparatus.  As  the  reaction  proceeds,  M2  gas  forms,  and  the  piston 
rises.  The  gas  within  the  flask  is  thus  doing  work  on  the  surroundings  by  lifting 
the  piston  against  the  force  of  atmospheric  pressure  that  presses  down  on  it. 

The  work  involved  in  the  expansion  or  compression  of  gases  is  called 

pressure-volume  work  (or  P-V  work).  When  the  pressure  is  constant,  as  in  our 
example,  the  sign  and  magnitude  of  the  pressure-volume  work  is  given  by 

w  =  -P  IV  [5.7] 

where  P  is  pressure  and  AV  is  the  change  in  volume  of  the  system 

(AV  =  Vfina]  -  initial).  The  negative  sign  in  Equation  5.7  is  necessary  to  comform 
to  the  sign  conventions  given  in  Table  5.1.  Thus,  when  the  volume  expands,  A  V  is 
a  positive  quantity  and  w  is  a  negative  quantity.  That  is,  energy  leaves  the  system 
as  work,  indicating  that  work  is  done  by  the  system  on  the  surroundings.  When  a 
gas  is  compressed,  AV  is  a  negative  quantity  (the  volume  decreases),  which 
makes  w  a  positive  quantity.  That  is,  energy  enters  the  system  as  work,  indicating 

that  work  is  done  on  the  system  by  the  surroundings.  The  "Closer  book"  box  dis- 
cusses pressure-volume  work  in  more  detail,  but  all  you  really  need  to  keep  in 

mind  for  now  is  Equation  5.7,  which  applies  to  processes  occurring  at  constant 
pressure.  We  will  take  up  the  properties  of  gases  in  more  detail  in  Chapter  10. 

A  thermodynamic  function  called  enthalpy  (from  the  Creek  word  cnthalpein, 

meaning  "to  warm")  accounts  for  heat  flow  in  processes  occurring  at  constant  pres- 
sure when  no  forms  of  work  are  performed  other  than  P-V  work.  Enthalpy,  which 

we  denote  by  the  symbol  H,  equals  the  internal  energy  plus  the  product  of  the  pres- 
sure and  volume  of  the  system: 

H  =  E  +  PV  [5.8] 

Enthalpy  is  a  state  function  because  internal  energy,  pressure,  and  volume  are 
all  state  functions. 

ANIMATION 
Work  of  Gas  Expansion 



178       Chapter  5 Thermochemistry 

Surroundings 

System 

Heat 

Surroundings 

System 

Heat 

AH  0 

(Exothermic) 

▲  Figure  5.12   Endothermic  and 
exothermic  processes,  (a)  If  the  system 
absorbs  heat  (endothermic  process),  AW  will  be 
positive  (AW     0).  (b)  If  the  system  loses  heat 
(exothermic  process),  AW  will  be  negative 
(AW  <  0). 

When  a  change  occurs  at  constant  pressure,  the  change  in  enthalpy,  AH,  is 
given  by  the  following  relationship: 

AH  =  A(£  +  PV) 

=  AE  +  P AV 
[5.9] 

That  is,  the  change  in  enthalpy  equals  the  change  in  internal  energy  plus  the 
product  of  the  constant  pressure  times  the  change  in  volume.  We  can  gain  further 

insight  into  enthalpy  change  by  recalling  that  AE  =  q  +  w  (Equation  5.5)  and 
that  the  work  involved  in  the  expansion  or  compression  of  gases  is  w  =  P  AV. 

If  we  substitute  -w  for  P  AV  and  q  +  w  for  AE  into  Equation  5.9,  we  have 

AH  =  AE  +  P  AV  =  (</,,  +  w)  -  w  =  qP 

10] 

where  the  subscript  P  on  the  heat,  (/,  emphasizes  changes  at  constant  pressure. 

Thus,  the  change  in  enthalpy  equals  the  heat  gained  or  lost  at  constant  pressure.  Be- 
cause (//>  is  something  we  can  either  measure  or  readily  calculate  and  because  so 

many  physical  and  chemical  changes  of  interest  to  us  occur  at  constant  pres- 
sure, enthalpy  is  a  more  useful  function  than  internal  energy.  For  most  reactions 

the  difference  in  AH  and  AE  is  small  because  P  AV  is  small. 

When  AH  is  positive  (that  is,  when  <//>  is  positive),  the  system  has  gained 
heat  from  the  surroundings  (Table  5.1 ),  which  is  an  endothermic  process.  When 
AH  is  negative,  the  system  has  released  heat  to  the  surroundings,  which  is  an  I 
exothermic  process.  These  cases  are  diagrammed  in  Figure  5.12  A.  Because  H  is 
a  state  function,  AH  (which  equals  qp)  depends  only  on  the  initial  and  final 

states  of  the  system,  not  on  how  the  change  occurs.  At  first  glance  this  state-  I 
ment  might  seem  to  contradict  our  earlier  discussion  in  Section  5.2,  in  which  we  | 
said  that  q  is  not  a  state  function.  There  is  no  contradiction,  however,  because 

the  relationship  between  AH  and  heat  ((//>)  has  the  special  limitations  that  only 

P-V  work  is  involved  and  the  pressure  is  constant. 

GIVE  IT  SOME  THOUGHT 

What  is  the  advantage  of  using  enthalpy  rather  than  internal  energy  to  describe  en- 
ergy changes  in  reactions? 

■H  SAMPLE  EXERCISE  5.3  |  Determining  the  Sign  of  AH 

Indicate  the  sign  of  the  enthalpy  change,  AH,  in  each  of  the  following  processes  car- 
ried out  under  atmospheric  pressure,  and  indicate  whether  the  process  is  endother- 
mic or  exothermic:  (a)  An  ice  cube  melts;  (b)  1  g  of  butane  (C4H]0)  is  combusted  in 

sufficient  oxygen  to  give  complete  combustion  to  COt  and  H20. 

Solution 
Analyze:  Our  goal  is  to  determine  whether  AH  is  positive  or  negative  for  each 
process.  Because  each  process  appears  to  occur  at  constant  pressure,  the  enthalpy 
change  of  each  one  equals  the  amount  of  heat  absorbed  or  evolved,  AH  =  i]p. 
Plan:  We  must  predict  whether  heat  is  absorbed  or  released  by  the  system  in  each 
process.  Processes  in  which  heat  is  absorbed  are  endothermic  and  have  a  positive  sign 
for  AH;  those  in  which  heat  is  evolved  are  exothermic  and  have  a  negative  sign  for  AH. 
Solve:  In  (a)  the  water  that  makes  up  the  ice  cube  is  the  system.  The  ice  cube  absorbs  heat 
from  the  surroundings  as  it  melts,  so  AH  is  positive  and  the  process  is  endothermic.  In  (b) 
the  system  is  the  1  g  of  butane  and  the  oxygen  required  to  combust  it.  The  combustion  of 
butane  in  oxygen  gives  off  heat,  so  AH  is  negative  and  the  process  is  exothermic. 

MM  PRACTICE  EXERCISE 

Suppose  we  confine  1  g  of  butane  and  sufficient  oxygen  to  completely  combust  it  in  a 
cylinder  like  that  in  Figure  5.13.  The  cylinder  is  perfectly  insulating,  so  no  heat  can  es- 

cape to  the  surroundings.  A  spark  initiates  combustion  of  the  butane,  which  forms 
carbon  dioxide  and  water  vapor.  If  we  used  this  apparatus  to  measure  the  enthalpy 
change  in  the  reaction,  would  the  piston  rise,  fall,  or  stay  the  same? 
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Answer:  The  piston  must  move  so  as  to  maintain  a  constant  pressure  in  the  cylinder. 
The  products  contain  more  molecules  of  gas  than  the  reactants,  as  shown  by  the  bal- 

anced equation 

2C4Hl0(x)  +  1302(£) 8C02(g)  4  IOH20(£) 

As  a  result,  the  piston  would  rise  to  make  room  for  the  additional  molecules  of  gas. 
Heat  is  given  off,  moreover,  so  the  piston  would  also  rise  an  additional  amount  to  ac- 

commodate the  expansion  of  the  gases  because  of  the  temperature  increase. 

Energy,  Enthalpy,  and  P-V  Work 

|  n  chemistry  we  an'  interested  mainly  in  two  types  of  work: 
I  electrical  work  and  mechanical  work  done  by  expanding 
gases.  We  will  focus  here  only  on  the  latter,  called  pressure- 
volume,  or  P-V,  work.  Expanding  gasi's  in  the  cylinder  of  an 
automobile  engine  do  P-V  w  ork  on  the  piston,  and  this  work 
eventually  turns  the  wheels.  Expanding  gases  from  an  open 

reaction  \  essi ■!  do  / '  \ '  work  on  the  atmosphere.  This  wort  ac- 
complishes nothing  in  a  practical  sense,  but  we  must  keep 

track  of  all  work,  useful  or  not,  w  hen  monitoring  the  energy 
changes  of  a  system. 

Consider  a  gas  confined  to  a  cylinder  with  a  movable  pis- 
ton of  cross-sectional  area  A  (Figure  5.13  ►).  A  downward 

force,  F,  acts  on  the  piston.  The  pressure,  /',  on  the  gas  is  the 
force  per  area:  P  =  F/A.  We  will  assume  that  the  piston  is 
weightless  and  that  the  only  pressure  acting  on  it  is  the 

atmospheric  pressure  that  is  due  to  the  weight  of  Earth's  atmos- 
phere, which  we  will  assume  to  be  constant. 

Suppose  the  gas  in  the  cylinder  expands  and  the  piston 
moves  a  distance,  Mi.  From  Equation  5.3,  the  magnitude  ol 
the  work  done  by  the  system  equals  the  distance  moved 
times  the  force  acting  on  the  piston: 

Magnitude  of  work  =  force  •  distance  =  F  x  Mi     |5.  Il| 

We  can  rearrange  the  definition  of  pressure,  /'  =  F/A,  to 
F  =  P  X  A.  In  addition,  the  volume  change,  AV,  resulting 
from  the  movement  of  the  piston,  is  the  product  of  the  cross- 
sectional  area  of  the  piston  and  the  distance  it  moves: 

AV  =  A  <  Mi.  Substituting  into  Equation  5.11, 

Magnitude  of  work F  ■  Mi 

/'  ■  AV7 

P  x  A  x  Mi 

Because  the  system  (the  confined  gas)  is  doing  work  on 
the  surroundings,  the  work  is  a  negativ  e  quantity: /'  AV 

[5-121 

Now,  if  P-V  work  is  the  only  work  that  can  be  done,  we  i  an 
substitute  Equation  5.12  into  Equation  5.5  to  give 

AE  =  q  +  w  =  q  -  P  IV  [5.13] 

When  a  reaction  is  carried  out  in  a  constant-volume  container 

(AV  =  0),  the  heat  transferred  equals  the  change  in  internal 
energy: 

I  he  subscript  \'  indicates  that  the  volume  is  constant. 
Most  reactions  are  run  under  constant-pressure  condi- 

tions In  this  case  Equation  5.13  becomes 

«/-• 

AE  =  qr 

AE  +  /'  AV 

P  AVor 

(constant  pressure) 

Bui  we  see  from  Equation  5.9  that  the  right-hand  side  of  Equa- 
tion 5.15  is  just  the  enthalpy  change  under  constant-pressure 

conditions.  Ihus,  A//  <//•,  as  we  saw  earlier  in  Equation 
5.10. 

In  summary,  the  change  in  internal  energy  measures  the 
heat  gained  or  lost  at  constant  volume;  the  change  in  enthalpy 
measures  the  he.it  gained  or  lost  at  constant  pressure.  The  differ- 

ence between  AEand  A/7  is  the  amount  ol  P-V  work  done  by  the 

system  when  the  process  occurs  at  constant  pressure,  /'  AV. 
rhe  volume  change  accompanying  many  reactions  is  close  to 
zero,  which  makes  /'  AV,  and  therefore  the  difference  between 
AE  and  111,  small.  It  is  generally  satisfactory  to  use  Mil  as  the 
measure  of  energy  changes  during  most  chemical  processes. 
Related  Exercises:  5.41,  ̂   42,  5.43,  5.44 

/'     /  1 P  =  F/A 

AV 

Volume 

change.1 

Initial state 
Cross-sectional 

area  =  A 

I  inal 

state 

M 

<1\ 

(constant  v  olume) 

14] 

▲  Figure  5.13   Pressure-volume  work.  A  piston  movmt;  upward, 
expanding  the  volume  of  the  system  against  an  external  pressui 
work  on  the  surroundings.  The  amount  of  work  done  by  the  system  on  the 
surroundings  is  w        P  AV 



Chapter  5  Thermochemistry 

Endothermic  versus  Exothermic  5.4   |    EflthalpieS  Of  ReaCtiOfi  

Because  AH  =  Htmil|      HmitK1|,  the  enthalpy  change  for  a  chemical  reaction  is 
given  by  the  enthalpy  of  the  products  minus  the  enthalpy  of  the  reactants: 

AH  =  HprodUcts  ~  ̂ reactants  1^-hS] 

The  enthalpy  change  that  accompanies  a  reaction  is  called  the  enthalpy  of  reac- 

tion, or  merely  the  heat  of  miction,  and  is  sometimes  written  AHrM1,  where  "rxn" 
is  a  commonly  used  abbreviation  for  "reaction." 

Tlfe  combustion  of  hydrogen  is  shown  in  f  igure  5.14  Y.  When  the  reaction 

activity  's  controlled  so  that  2  mol  H2(x)  burn  to  form  2  mol  H20(g)  at  a  constant  pres- 
Enthalpy  of  Solution  sure,  the  system  releases  483.6  kj  of  heat.  We  can  summarize  this  information  as  |j 

2  H2(g)  +  02(g)   »  2  H20(g)       AH  =  -483.6  kj  [5.17] 

AH  is  negativ  e,  so  this  reaction  is  exothermic.  Notice  that  AH  is  reported  at  the  I 
end  of  the  balanced  equation,  without  explicitly  mentioning  the  amounts  of  I 

chemicals  involved.  In  such  cases  the  coefficients  in  the  balanced  equation  rep-  ! 
resent  the  number  of  moles  of  reactants  and  products  producing  the  associated  I 

enthalpy  change.  Balanced  chemical  equations  that  show  the  associated  en- 
thalpy change  in  this  way  are  called  thermochemical  equation*. 

Q    GIVE  IT  SOME  THOUGHT 

What  information  is  summarized  by  the  coefficients  in  a  thermochemical  equation! 

The  enthalpy  change  accompanying  a  reaction  may  also  be  represented 

in  an  enthalpy  diagram  such  as  that  shown  in  Figure  5.14(c).  Because  the  com- 
bustion of  H^f^)  is  exothermic,  the  enthalpy  of  the  products  in  the  reaction  is 

lower  than  the  enthalpy  of  the  reactants.  The  enthalpy  of  the  system  is  lower 
after  the  reaction  because  energy  has  been  lost  in  the  form  of  heat  released  to 
the  surroundings. 

The  reaction  of  hydrogen  with  oxygen  is  highly  exothermic  (AH  is  negative 
and  has  a  large  magnitude),  and  it  occurs  rapidly  once  it  starts.  It  can  occur 
with  explosive  violence,  too,  as  demonstrated  by  the  disastrous  explosions  of 

movie  the  German  airship  Hindenburg  in  1937  (Figure  5.15  ►)  and  the  space  shuttle 
Formation  of  Water  Challenger  in  1 986. 

2  H2(g)  +  02(g) 

AH  <  0 
(exothermic) 

2  H20(g) 

(.1) (I.) 

▲  Figure  5.14   Exothermic  reaction  of  hydrogen  with  oxygen,  (a)  A  candle  is  held  near  a  balloon 
filled  with  hydrogen  gas  and  oxygen  gas.  (b)  The  H2(g)  ignites,  reacting  with  02(g)  to  form  H20{g).  The 
resultant  explosion  produces  a  ball  of  flame.  The  system  gives  off  heat  to  its  surroundings,  (c)  The  enthalpy 
diagram  for  this  reaction,  showing  its  exothermic  character. 
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<  Figure  5.15  The  burning  of  the 
hydrogen-filled  airship  Hindenburg.  This 
photograph  was  taken  only  22  seconds  after  the 
first  explosion  occurred.  This  tragedy,  which 
occurred  in  Lakehurst,  New  Jersey,  on  May  6, 
1937,  led  to  the  discontinuation  of  hydrogen  as  a 

buoyant  gas  in  such  craft.  Modern-day  blimps  are 
filled  with  helium,  which  is  not  as  buoyant  as 

hydrogen  but  is  not  flammable. 

The  following  guidelines  are  helpful  when  using  thermochemical  equa- 
tions and  enthalpy  diagrams: 

1.  Enthalpy  is  an  extensive  property.  The  magnitude  of  Ml,  therefore,  is  direct- 
ly proportional  to  the  amount  of  reactant  consumed  in  the  process.  For  the 

combustion  of  methane  to  form  carbon  dioxide  and  liquid  water,  for  exam- 
ple, 840  kj  of  heat  is  produced  when  I  mol  of  CI  l4  is  burned  in  a  constant- 

pressure  system: 

CH4(x)  +  2  02(X) 

2. 

CQ2(g)  +  2H2Q(/)       Ml  =  -890  kj 

18] 

Because  the  combustion  of  I  mol  of  CH4  with  2  mol  of  02  releases  890  k|  of 
heat,  the  combustion  of  2  mol  of  CH4  w  ith  4  mol  of  02  releases  tw  ice  as 
much  heat,  1780  kj. 

The  enthalpy  change  for  a  miction  is  equal  in  magnitude,  but  opposite  in  sign,  to 
AH  for  the  reverse  reaction.  For  example,  if  we  could  reverse  Equation  5. IS 
so  that  CH4(g)  and  02(g)  formed  from  C02(g)  and  H20(l),  Ml  for  the 
process  would  be  +890  kj: 

CQ2(g)  +  2  H20(/) CH4(£)  +  2  02(g)       AH  =  890kJ  [5.19] 

When  we  reverse  a  reaction,  we  reverse  the  roles  of  the  products  and  the  re- 
actants;  thus,  the  reactants  in  a  reaction  become  the  products  of  the  reverse 

reaction,  and  so  forth.  From  Equation  5.16,  we  can  see  that  reversing  the 
products  and  reactants  leads  to  the  same  magnitude,  but  a  change  in  sign 
for  AHrxn.  This  relationship  is  diagrammed  for  Equations  5.18  and  5.14  in 
Figure  5.16  ►. 

The  enthalpy  change  for  a  reaction  depends  on  the  state  of  the  reactants  and  prod- 
ucts. If  the  product  in  the  combustion  of  methane  (Equation  5. IS)  were 

gaseous  H20  instead  of  liquid  H20,  AHIM1  would  be  802  kj  instead  of 

-890  kj.  Less  heat  would  be  available  for  transfer  to  the  surroundings  be- 
cause the  enthalpy  of  H2O(\0  is  greater  than  that  of  H20(l).  One  way  to  see 

this  is  to  imagine  that  the  product  is  initially  liquid  water.  The  liquid  water 
must  be  converted  to  water  vapor,  and  the  conversion  of  2  mol  H20(l)  to 
2  mol  FLCX,^)  is  an  endothermic  process  that  absorbs  88  kj: 

CH4( 

if)  4  202(g) A//, 

A//. 

-890  k  j 

890  k| 

CO2Q?)  +  2  1 

I20(/) 

A  Figure  5.16   AW  for  a  reverse  reaction. 
Reversing  a  reaction  changes  the  sign  but  not  the 
magnitude  of  the  enthalpy  change: 
A/72  AW,. 

2  H20(/) 
2  H20(g)       AH  =  4-88  k| 

10] 
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Thus,  it  is  important  to  specify  the  states  of  the  reactants  and  products  in 
thermochemical  equations.  In  addition,  we  will  generally  assume  that  the 

reactants  and  products  are  both  at  the  same  temperature,  25'C,  unless  oth- erwise indicated. 

WM  SAMPLE  EXERCISE  5.4  |  Relating  AH  to  Quantities  of  Reactants  and  Products 

How  much  heat  is  released  when  4.50  g  of  methane  gas  is  burned  in  a  constant- 
pressure  system?  (Use  the  information  given  in  Equation  5.18.) 
Solution 

Analyze:  Our  goal  is  to  use  a  thermochemical  equation  to  calculate  the  he.it  pro- 
duced when  a  specific  amount  of  methane  gas  is  combusted.  According  to  Equation 

5.18,  890  kj  is  released  by  the  system  when  I  mol  CH4  is  burned  at  constant  pressure 
(AH  =  -890  kj). 

Plan:  Equation  5.18  provides  us  with  a  stoichiometric  conversion  factor:  1  mol 
CH4  ̂   -890  kj.  Thus,  we  can  convert  moles  of  CH4  to  kj  of  energy.  First,  however, 
we  must  convert  grams  of  CH4  to  moles  of  CH4.  Thus,  the  conversion  sequence  is 
grams  CH4  (given)  — *  moles  CH4  — *  kj  (unknown  to  be  found). 
Solve:  By  adding  the  atomic  weights  of  C  and  4  H,  we  have  1  mol  CH4  =  16.0  g  CH4. 
Thus,  we  can  use  the  appropriate  conv  ersion  factors  to  convert  grams  of  CH4  to 
moles  of  CH4  to  kilojoules: 

/  1  molCH4  V   "890  kj  \ 

Hea.  -  (4.50gCH4)(  [;^j(J_^j  .  -250k( 

The  negative  sign  indicates  that  250  kj  is  released  by  the  system  into  the  surroundings. 

H  PRACTICE  EXERCISE 

Hydrogen  peroxide  can  decompose  to  water  and  oxygen  bv  the  following  reaction: 

2  H202(/)   ►  2  H:0(/)  +  02(g)       AH  =  -196  kj 

Calculate  the  value  of  </  when  5.00  g  of  HiOif/)  decomposes  at  constant  pressure. 
Answer:  -14.4  k] 

There  are  many  situations  in  which  it  is  valuable  to  know  the  enthalpy 

change  associated  with  a  given  chemical  process.  As  we  will  see  in  the  fol- 
lowing sections,  AH  can  be  determined  directly  by  experiment  or  calculated 

from  the  known  enthalpy  changes  of  other  reactions  by  invoking  the  first  law 
of  thermodynamics. 

5.5  |  Calorimetry  

The  value  of  AH  can  be  determined  experimentally  by  measuring  the  heat  flow 
accompanying  a  reaction  at  constant  pressure.  Typically,  we  can  determine  the 
magnitude  of  the  heat  flow  by  measuring  the  magnitude  of  the  temperature 
change  the  heat  flow  produces.  The  measurement  of  heat  flow  is  calorimetry;  a 
device  used  to  measure  heat  flow  is  a  calorimeter. 

Heat  Capacity  and  Specific  Heat 

The  more  heat  an  object  gains,  the  hotter  it  gets.  All  substances  change  temper- 
ature when  they  are  heated,  but  the  magnitude  of  the  temperature  change  pro- 

duced by  a  given  quantity  of  heat  v  aries  from  substance  to  substance.  The 
temperature  change  experienced  by  an  object  when  it  absorbs  a  certain  amount 
of  heat  is  determined  by  its  heat  capacity,  C.  The  heat  capacity  of  an  object  is 

the  amount  of  heat  required  to  raise  its  temperature  by  1  K  (or  1°C).  The 
greater  the  heat  capacity,  the  greater  the  heat  required  to  produce  a  given  in- 

crease in  temperature. 
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STRATEGIES  IN  (  HEMISTRY  |  Using  Enthalpy  as  a  Guide 

If  you  hold  a  brick  in  the  air  and  let  it  go,  it  will  fall  .is  the 
force  of  gravity  pulls  it  toward  Farth.  A  process  that  is 

thermodynamically  favored  to  happen,  such  as  a  falling 
brick,  is  called  a  spontaneous  process.  A  spontaneous 
process  can  be  either  fast  or  slow.  Speed  is  not  the  issue  in 
thermodynamics. 

Many  chemical  processes  are  thermodynamically  fa- 

vored, or  spontaneous,  too.  By  "spontaneous,"  we  don't  mean 
that  the  reaction  will  form  products  without  any  intervention. 
That  can  be  the  case,  but  often  some  energy  must  be  imparted 
to  get  the  process  started.  I  he  enthalpy  change  in  a  reaction 

gives  one  indication  as  to  whether  it  is  likely  to  be  sponta- 
neous. The  combustion  ol  I  [2(#)  and  (  )2(#),  for  example,  is  a 

highly  exothermic  process: 

H2(g)  +  \  02(x) H2( 
242  kj 

Hydrogen  gas  and  oxygen  gas  can  exist  together  in  a  volume 
indefinitely  without  noticeable  reaction  occurring,  as  in  f  igure 
5.14(a).  Once  initiated,  howev  er,  energy  is  rapidly  transferred 
from  the  system  (the  reactants)  to  the  surroundings.  As  the  re- 

action proceeds,  large  amounts  of  heat  are  released,  which 
greatly  increases  the  temperature  ot  the  reactants  and  the  prod- 

ucts. The  system  then  loses  enthalpy  by  transferring  the  heat 
to  the  surroundings.  (Recall  that  the  first  law  of  thermody- 

namics indicates  that  the  total  energy  of  the  system  plus  the 
surroundings  will  not  change;  energy  is  conserved.) 

Enthalpy  change  is  not  the  only  consideration  in  the 
spontaneity  of  reactions,  however,  nor  is  it  a  foolproof  guide. 
For  example,  the  melting  of  ice  is  an  endothermic  process: 

H20(s) H20(/) AH  =  +6.01  k| 

Even  though  this  process  is  endothermic,  it  is  spontaneous  at 

temperatures  above  the  freezing  point  of  water  (0  C).  The  re- 
verse process,  the  freezing  of  water  tf>  ice,  is  spontaneous  at 

temperatures  below  0  C.  Thus,  we  know  that  ice  at  room  tem- 
perature will  melt  and  that  water  put  into  a  freezer  at  -21)  C 

will  turn  into  ice;  both  of  these  processes  are  spontaneous  under 
different  conditions  even  though  they  are  the  reverse  ot  one  an- 

other. In  Chapter  I1-'  we  will  address  the  spontaneity  of  process- 
es more  fully.  We  will  see  why  a  process  can  be  spontaneous  at 

one  temperature,  but  not  at  another,  as  is  the  case  for  the  con- 
version ot  water  to  ice. 

Despite  these  complicating  factors,  however,  you  should 

pay  attention  to  the  enthalpy  changes  in  reactions.  As  a  gener- 
al observation,  when  the  enthalpy  change  is  large,  it  is  the 

dominant  factor  in  determining  spontaneity.  Thus,  reactions 

for  which  AH  is  large  and  negative  tend  to  be  spontaneous.  Re- 
actions for  which  A//  is  large  and  positive  tend  to  be  sponta- 

neous only  in  the  reverse  direction.  There  are  a  number  ol 
ways  in  which  the  enthalpy  of  a  reaction  can  be  estimated: 
from  these  estimates,  the  likelihood  ol  the  reaction  being  ther- 

modynamically favorable  can  be  predicted. 
Related  Exercises:  5.45,  5.46 

For  pure  substances  the  heat  capacity  is  usually  given  tor  a  specified 
amount  of  the  substance.  The  heat  capacity  of  one  mole  of  a  substance  is  called 
its  molar  heat  capacity,  Cmo]lir.  The  heat  capacity  of  one  gram  of  a  substance  is 
called  its  specific  heat  capacity,  or  merely  its  specific  heat  (Figure  5.17  ►).  The 
specific  heat,  s,  of  a  substance  can  be  determined  experimentally  by  measuring 
the  temperature  change,  AT,  that  a  known  mass,  m,  of  the  substance  undergoes 
when  it  gains  or  loses  a  specific  quantity  of  heat,  </: 

(quantity  of  heat  transferred) 
Specific  heat 

(grams  of  substance)  x  (temperature  change) 

m  x  AT [5.21] 

For  example,  209  J  is  required  to  increase  the  temperature  of  50.0  g  of  water  by 
1.00  K.  Thus,  the  specific  heat  of  water  is 

s=         209  J  =418^- 

(50.0g)(1.00K)       '  '  g-K 
A  temperature  change  in  kelvins  is  equal  in  magnitude  to  the  temperature 

change  in  degrees  Celsius:  AT  in  K  =  AT  in   C.  When  the 
sample  gains  heat  (positive  q),  the  temperature  of  the  sample  increases  (positiv  e 
AT).  Rearranging  Equation  5.21,  we  get 

q  =  s  x  ni  x  AT  [5.22] 

1.000  g  H20(/) 

T  =  15.5°C 

\"
 

+  4.184  | 

of  heat 

1.000  g  H20(/) 

T  =  14.5°C 

▲  Figure  5.17   Specific  heat  of  water. 
Specific  heat  indicates  the  amount  of  heat  that 
must  be  added  to  one  gram  of  a  substance  to 

raise  its  temperature  by  1  K  (or  1°C).  Specific 
heats  can  vary  slightly  with  temperature,  so  for 
precise  measurements  the  temperature  is 

specified.  The  specific  heat  of  H;0(/ )  at  14.5°C  is 
4.184  J/g-K;  the  addition  of  4  184  J  of  heat  to  1  g 
of  liquid  water  at  this  temperature  raises  the 
temperature  to  15.5°C.  This  amount  of  energy 
defines  the  calorie:  1  cal     4.184  J 
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1  TABLE  5.2 Specific  Heats  of  Some  Substances  at  298  K 

Elements 
Compounds 

Specific  Heat Specific  Heat Substance 

(J/g-K) 

Substance 

(J/g-K) 

N2(g) 

1.04 
H20(/) 

4. IK 

Al(s) 

0.90 

•  CH4(g) 

2.20 Fe(s) 

0.45 

C02(g) 

0.84 

Hg(/) 
0.14 

CaC03(s) 

0.82 

Thus,  we  can  calculate  the  quantity  of  heat  that  a  substance  has  gained  or  lost  by 
using  its  specific  heat  together  with  its  measured  mass  and  temperature  change. 

The  specific  heats  of  several  substances  are  listed  in  Table  5.2  ▲.  Notice  that 

the  specific  heat  of  liquid  water  is  higher  than  those  of  the  other  substances  list* 
Specific  Heat  of  a  Pb  ed.  For  example,  it  is  about  5  times  as  great  as  that  of  aluminum  metal.  The  high 

specific  heat  of  water  affects  Earth's  climate  because  it  keeps  the  temperatures 
of  the  oceans  relatively  resistant  to  change.  It  also  is  very  important  in  main- 1 
taining  a  constant  temperature  in  our  bodies,  as  will  be  discussed  in  the, 

"Chemistry  and  Life"  box  later  in  this  chapter. 

WMS  SAMPLE  EXERCISE  5.5  |  Relating  Heat,  Temperature  Change,  and  Heat  Capacity 

(a)  How  much  heat  is  needed  to  warm  250  g  of  water  (about  1  cup)  from  22C  (about  room  temperature)  to  near  its  boiling  point,  i 

98°C?  The  specific  heat  of  water  is  4.18  J/g-K.  (b)  What  is  the  molar  heat  capacity  of  water? 
Solution 

Analyze:  In  part  (a)  we  must  find  the  total  quantity  of  heat  needed  to  warm  the  sample  of  water,  given  the  mass  of  water  (in),  its  » 
temperature  change  ( AT),  and  its  specific  heat  (s).  In  part  (b)  we  must  calculate  the  molar  heat  capacity  (heat  capacity  per  mole)  ! 
of  water  from  its  specific  heat  (heat  capacity  per  gram). 
Plan:  (a)  Given  s(  m,  and  AT,  we  can  calculate  the  quantity  of  heat,  q,  using  Equation  5.22.  (b)  We  can  use  the  molar  mass  of  water  , 
and  dimensional  analysis  to  convert  from  heat  capacity  per  gram  to  heat  capacity  per  mole. 

Solve:  (a)  The  water  undergoes  a 

temperature  change  of  AT  =  98  C  -  22°C  =  76°C  =  76  K 

Using  Equation  5.22,  we  have  q  =  s  X  m  X  AT 

=  (4.18 J/g-K)(250 g)(76 K)  =  7.9  x  I04  j 

(b)  The  molar  heat  capacity  is  the  I  mol  H2Q  =  18.0  gH^O 
heat  capacity  of  one  mole  of  sub- 

stance. Using  the  atomic  weights  of 
hydrogen  and  oxygen,  we  have 

From  the  specific  heat  given  in  part  /  18.0  g  \ 

(a),wehave  Onoiar  =  (4-18  I  'g-K)(  --—  j  =  75.2J/mol-K 

Mi  PRACTICE  EXERCISE 

(a)  I  arge  beds  of  rocks  are  used  in  some  solar-heated  homes  to  store  heat.  Assume  that  the  specific  heat  of  the  rocks  is  0.82  J/g-K. 
C  alculate  the  quantity  of  heat  absorbed  by  50.0  kg  of  rocks  if  their  temperature  increases  by  12.0°C.  (b)  What  temperature  change  . 
v\  mild  these  rocks  undergo  if  they  emitted  450  kj  of  heat? 

Answers:  (a)  4.9  x  105J,(b)  11  K  =  11°C  decrease 

Constant-Pressure  Calorimetry 

The  techniques  and  equipment  employed  in  calorimetry  depend  on  the  nature 

of  the  process  being  studied.  For  many  reactions,  such  as  those  occurring  in  so- 
lution, it  is  easy  to  control  pressure  so  that  AH  is  measured  directly.  (Recall  that 

A//  =  </,..)  Although  the  calorimeters  used  for  highly  accurate  work  are  preci- 

sion instruments,  a  very  simple  "coffee-cup"  calorimeter,  as  shown  inl] 
Figure  5.  IS  ►,  is  often  used  in  general  chemistry  labs  to  illustrate  the  principles 
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af  calorimetry.  Because  the  calorimeter  is  not  sealed,  the  reaction  occurs  under 
the  essentially  constant  pressure  of  the  atmosphere. 

There  is  no  physical  boundary  between  the  system  and  the  surroundings  in 
this  case.  The  reactants  and  products  of  the  reaction  are  the  system,  and  the 

;  water  in  which  they  dissolve  as  well  as  the  calorimeter  are  part  of  the  sur- 
roundings. If  we  assume  that  the  calorimeter  perfectly  prevents  the  gain  or  loss 

of  heat  from  the  solution,  the  heat  gained  by  t he  solution  must  be  produced 
from  the  chemical  reaction  under  study.  In  other  words,  the  heat  produced  by 

the  reaction,  qrxn,  is  entirely  absorbed  by  the  solution;  it  does  not  escape  the 
calorimeter.  (We  also  assume  that  the  calorimeter  itself  does  not  absorb  heat.  In 

the  case  of  the  coffee-cup  calorimeter,  this  is  a  reasonable  approximation  be- 
cause the  calorimeter  has  a  very  low  thermal  conductivity  and  heat  capacity.) 

For  an  exothermic  reaction,  heat  is  "lost"  by  the  reaction  and  "gained"  by  the 
solution,  so  the  temperature  of  the  solution  rises.  The  opposite  occurs  for  an 
endothermic  reaction.  The  heat  gained  by  the  solution,  (/M)|n,  is  therefore  equal 

in  magnitude  to  </l  xn  but  and  opposite  in  sign:  cjso|n  =  ~qrxn .  The  value  of  qso\n  is 
;  readily  calculated  from  the  mass  of  the  solution,  its  specific  heat,  and  the  tem- 

perature change: 

<7soln  =  (specific  heat  of  solution)  X  (grams  of  solution)  ■  AT  :    —  qrxu     1 5.23 ] 

For  dilute  aqueous  solutions  the  specific  heat  of  the  solution  will  be  approxi- 
mately the  same  as  that  of  water,  4.  IS  J/g-K. 

Equation  5.23  makes  it  possible  to  calculate  </IAn  from  the  temperature 
change  of  the  solution  in  which  the  reaction  occurs.  A  temperature  increase 

(AT  >  0)  means  the  reaction  is  exothermic  {qrxn  *  0). 

Thermometer 

(.■lass  stirrer 

L  in  k  stepper 

Q    GIVE  IT  SOME  THOUGHT 

Two  Styrofoam 

cups  nested together  containing 
reactants  in  solution 

▲  Figure  5.18   Coffee-cup  calorimeter. 
This  simple  apparatus  is  used  to  measure  heat 
accompanying  reactions  at  constant  pressure. 

ACTIVITY 

^  Calorimetry 

(a)  How  are  the  energy  changes  of  a  system  and  its  surroundings  related?  (b)  How 
is  the  heat  gained  or  lost  by  a  system  related  to  the  heat  gained  or  lost  by  its 
surroundings? 

Heat  of  Reaction:  NaOH(aq)  •  HCI(o<j) 

■S  SAMPLE  EXERCISE  5.6  |  Measuring  A/7  Using  a  Coffee-Cup  Calorimeter 

When  a  student  mixes  50  inL  of  1 .0  M  HC1  and  30  mL  of  1 .0  M  NaOH  in  a  coffee-cup  calorimeter,  the  temperature  of  the  resultant 

solution  increases  from  21.0  "C  to  27.5  'C.  Calculate  the  enthalpy  change  for  the  reaction  in  kj/mol  HQ,  assuming  that  the 
calorimeter  loses  only  a  negligible  quantity  of  heat,  that  the  total  volume  of  the  solution  is  100  mL,  that  its  density  is  1 .0  g,  mL,  and 
that  its  specific  heat  is  4.18  l/g-K. 
Solution 

Analyze:  Mixing  solutions  of  HC1  and  NaOH  results  in  an  acid-base  reaction: 

HC\(aq)  +  NaOH(fl<7)   ►  H20(/)  +  NaCl(rt^) 

We  need  to  calculate  the  heat  produced  by  this  reaction  per  mole  of  HC1,  given  the  temperature  increase  of  the  solution,  the  num- 
ber of  moles  of  HC1  and  NaOH  involved,  and  the  density  and  specific  heat  of  the  solution. 

Plan:  The  total  heat  evok  ed  can  be  calculated  using  Equation  5.23.  The  number  of  moles  of  HCI  consumed  in  the  reaction  must  be 
calculated  from  the  volume  and  molarity  of  this  substance,  and  this  amount  then  used  to  determine  the  heat  produced  per  mol  I ll  I. 
Solve:  Because  the  total  volume  of 

the  solution  is  100  mL,  its  mass  is  (100  mL)(  1 .0  g/mL)  =  100  g 

The  temperature  change  is 

Because  the  temperature  increases, 
the  reaction  must  be  exothermic  (that 
is,  q  must  have  a  negative  sign): 

Because  the  process  occurs  at  con- 
stant pressure, 

27.5°C  -  21 .0  C  =  6.5°C  =  6.5  K 

<?rxn  =  _s  x  "'  x  AT 
-(4.18J/g-K)(100g)(6.5  K) 

AH  =  qP  =  -2.7k) 

2.7  •   UP  |  =  -2.7  k| 
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To  express  the  enthalpy  change  on  a 
molar  basis,  we  use  the  fact  that  the 
number  of  moles  of  HC1  and  NaOH  is 

given  by  the  product  of  the  respective 
solution  volumes  (50  mL  =  0.050  L) 
and  concentrations:  (0.050  L)(1.0  mol/L)  =  0.050  mo] 

Thus,  the  enthalpy  change  per  mole 
of  HC1  (or  NaOH)  is  AH  =  -2.7  kJ/0.050  mol  =  -54  kj/mol 

Check:  AH  is  negative  (exothermic),  which  is  expected  for  the  reaction  of  an  acid  with  a  base.  The  molar  magnitude  of  the  heat 
evolved  seems  reasonable. 

tm  PRACTICE  EXERCISE 

When  50.0  mL  of  0.100  M  AgNO,  and  50.0  mL  of  0.100  M  HC1  are  mixed  in  a  constant-pressure  calorimeter,  the  temperature  of  the 
mixture  increases  from  22.30°C  to  23.11°C.  The  temperature  increase  is  caused  by  the  following  reaction: 

AgN03(rt(y)  +  HCl(/?</)   ►  AgCl(s)  +  HNO,(<?(?) 

Calculate  AH  for  this  reaction  in  kj/mol  AgNO^,  assuming  that  the  combined  solution  has  a  mass  of  100.0  g  and  a  specific  heat  of 

4.18J/g-°C 
Answer:  -68,000  J/mol  =  -68kJ/mol 
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Bomb  (reaction 

£  chamber) 
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with  sample 

Cup  holding 
sample 

Water 

▲  Figure  5.19  Bomb  calorimeter.  This 
device  is  used  to  measure  heat  accompanying 
combustion  reactions  at  constant  volume. 

Heat  of  Combustion:  Chicken  Fat 

Bomb  Calorimetry  (Constant-Volume  Calorimetry) 

Calorimetry  can  be  used  to  studv  the  chemical  potential  energy  stored  in 

substances.  One  of  the  most  important  types  of  reactions  studied  using' 
calorimetry  is  combustion,  in  which  a  compound  (usually  an  organic  com-i 
pound)  reacts  completely  with  excess  oxygen.  I)  Combustion 
reactions  are  most  conveniently  studied  using  a  bomb  calorimeter,  a  device 
shown  schematically  in  Figure  5.19  4.  The  substance  to  be  studied  is  placed 

in  a  small  cup  within  a  sealed  vessel  called  a  bomb.  The  bomb,  which  is  de- 
signed to  withstand  high  pressures,  has  an  inlet  valve  for  adding  oxygen  and 

electrical  contacts  to  initiate  the  combustion.  After  the  sample  has  been 
placed  in  the  bomb,  the  bomb  is  sealed  and  pressurized  with  oxygen.  It  is 
then  placed  in  the  calorimeter,  which  is  essentially  an  insulated  container, 

and  covered  with  an  accurately  measured  quantity  of  water.  When  all  the' 
components  within  the  calorimeter  have  come  to  the  same  temperature, 
the  combustion  reaction  is  initiated  by  passing  an  electrical  current  through 
a  fine  wire  that  is  in  contact  with  the  sample.  When  the  wire  gets  sufficiently 
hot,  the  sample  ignites. 

Heat  is  released  when  combustion  occurs.  This  heat  is  absorbed  by  the 

calorimeter  contents,  causing  a  rise  in  the  temperature  of  the  water.  The  tem- 
perature of  the  water  is  very  carefully  measured  before  reaction  and  then  after 

reaction  when  the  contents  of  the  calorimeter  have  again  arrived  at  a  common 

temperature. 
To  calculate  the  heat  of  combustion  from  the  measured  temperature  increase 

in  the  bomb  calorimeter,  we  must  know  the  total  heat  capacity  of  the  calorimeter, 

Cca] .  This  quantity  is  determined  by  combusting  a  sample  that  releases  a  known 
quantity  of  heat  and  measuring  the  resulting  temperature  change.  For  example, 
the  combustion  of  exactly  1  g  of  benzoic  acid,  CyH^C^,  in  a  bomb  calorimeter 
produces  26.38  kj  of  heat.  Suppose  1.000  g  of  benzoic  acid  is  combusted  in 

a  calorimeter,  and  it  increases  the  temperature  by  4.857°C.  The  heat  capacity  ol 

the  calorimeter  is  then  given  by  Cca]  =  26.38  kJ/4.857°C  =  5.431  kJ/°C.  Once  we1 
know  the  value  of  Cca\ ,  we  can  measure  temperature  changes  produced  by  other 
reactions,  and  from  these  we  can  calculate  the  heat  evolved  in  the  reaction,  <jrxn: 

'Jrxn  "    ~Ccal  X  AT [5.24] 
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■M  SAMPLE  EXERCISE  5.7  |  Measuring  q,xn  Using  a  Bomb  Calorimeter 

Methylhydrazine  (CHhN2)  is  commonly  used  as  a  liquid  rocket  fuel.  The  combustion  of  methylhydrazine  with  oxygen  produc  es 
N2(g),  C02(g),  and  HzO(/): 

2CHhN2(/)  +  502(g)   >2N2(g)  +  2C02(g)  +  6HzO(/) 

When  4.00  g  of  methylhydrazine  is  combusted  in  a  bomb  calorimeter,  the  temperature  of  the  calorimeter  increases  from  25.00  C 
to  39.50°C.  In  a  separate  experiment  the  heat  capacity  of  the  calorimeter  is  measured  to  be  7.794  kJ/°C.  What  is  the  heat  of  reaction 
for  the  combustion  of  a  mole  of  CI  1,,N2  in  this  calorimeter? 

Solution 

Analyze:  We  are  given  a  temperature  change  and  the  total  heat  capacity  of  the  calorimeter.  We  are  also  given  the  amount  of  reac- 
tant  combusted.  Our  goal  is  to  calculate  the  enthalpy  change  per  mole  for  combustion  of  the  reactant.  » 
Plan:  We  will  first  calculate  the  heat  evolved  for  the  combustion  of  the  4.00-g  sample.  We  will  then  convert  this  heat  to  a  molar 
quantity. 

Solve:  For  combustion  of  the  4.00-g 
sample  of  methylhydrazine,  the  tem- 

perature change  of  the  calorimeter  is  AT  =  (39.50°C  -  25.00°C)  =  14.50°C 

We  can  use  this  value  and  the  value 

for  C. ,]  to  calculate  the  heat  of  reac- 

tion  (Equation  5.24):  <?rxn  =  "Qal  x  AT  =  -(7.794  kJ/°C)(14.50°C)  =  -113.0  kj 

We  can  readily  convert  this  value  to  /    -1130  kl    \      /  46.1  g  CHhN2  \ 

the  heat  of  reaction  for  a  mole  of  A  rm     '  f ,  -      <  rr^rf    =  _1-30  x  10*  kj/mol  CHhN2 
CHaNi  .  \  4.00  g  CHhN2  /     \  1  mol  CH(1N2  / 

Check:  The  units  cancel  properly,  and  the  sign  of  the  answer  is  negative  as  it  should  be  for  an  exothermic  reaction. 

Wm  PRACTICE  EXERCISE 

A  0.5865-g  sample  of  lactic  acid  (HC-tHsO-0  is  burned  in  a  calorimeter  whose  heat  capacity  is  4.812  kJ/°C.  The  temperature  in- 
creases from  23.10°C  to  24.95°C.  Calculate  the  heat  of  combustion  of  lactic  acid  (a)  per  gram  and  (b)  per  mole. 

Answers:  (a)  -15.2  kj/g,  (b)  -1370kJ/mol 

Because  the  reactions  in  a  bomb  calorimeter  are  carried  out  under  constant- 
volume  conditions,  the  heat  transferred  corresponds  to  the  change  in  internal 

energy,  AE,  rather  than  the  change  in  enthalpy,  AH  (Equation  5.14).  For  most  re- 
actions, however,  the  difference  between  AE  and  AH  is  very  small.  For  the  reac- 

tion discussed  in  Sample  Exercise  5.7,  for  example,  the  difference  between  AE 

and  AH  is  only  about  1  kj/mol — a  difference  of  less  than  0.1%.  It  is  possible  to 
correct  the  measured  heat  changes  to  obtain  AH  values,  and  these  form  the  basis 

of  the  tables  of  enthalpy  change  that  we  will  see  in  the  following  sections.  How- 
ever, we  need  not  concern  ourselves  with  how  these  small  corrections  are  made. 

5.6  |  Hess's  Law  

Many  enthalpies  of  reaction  have  been  measured  and  tabulated.  In  this  section       tj^  Hesss  Law 
and  the  next  we  will  see  that  it  is  often  possible  to  calculate  the  AH  for  a  reac- 

tion from  the  tabulated  AH  values  of  other  reactions.  Thus,  it  is  not  necessary  to 
make  calorimetric  measurements  for  all  reactions. 

Because  enthalpy  is  a  state  function,  the  enthalpy  change,  AH,  associated 

with  any  chemical  process  depends  only  on  the  amount  of  matter  that  under- 
goes change  and  on  the  nature  of  the  initial  state  of  the  reactants  and  the  final 

state  of  the  products.  This  means  that  if  a  particular  reaction  can  be  carried  out 

in  one  step  or  in  a  series  of  steps,  the  sum  of  the  enthalpy  changes  associated 

with  the  individual  steps  must  be  the  same  as  the  enthalpy  change  associat- 
ed with  the  one-step  process.  As  an  example,  the  combustion  of  methane  gas, 

CH4(e),  to  form  C02(£)  and  liquid  water  can  be  thought  of  as  occurring  in  two 

steps:  (1)  the  combustion  of  CH4(^)  to  form  C02($)  and  gaseous  water,  H20(g), 
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CHEMISTRY  AND  LIFE  |  The  Regulation  of  Human  Body  Temperature 

For  most  of  us,  the  question  "Are  you  running  a  fever?"  was 
one  of  our  first  introductions  to  medical  diagnosis.  Indeed, 

a  dev  iation  in  body  temperature  of  only  a  few  degrees  indi- 
cates that  something  is  amiss.  In  the  laboratory  you  may  have 

tried  to  maintain  a  solution  at  a  constant  temperature,  only  to 
find  how  difficult  it  can  be.  Yet  our  bodies  manage  to  maintain 

a  near-constant  temperature  in  spite  of  widely  varying  weath- 
er, levels  of  physical  activity,  and  periods  of  high  metabolic  ac- 

tivity (such  as  after  a  meal).  How  does  the  human  body 
manage  this  task,  and  how  does  it  relate  to  some  of  the  topics 
we  have  discussed  in  this  chapter? 

Maintaining  a  near-constant  temperature  is  one  of  the  pri- 
mary physiological  functions  of  the  human  body.  Normal 

body  temperature  generally  ranges  from  35.8°C  to  37.2°C 
(96.5°F-99°F).  This  very  narrow  temperature  range  is  essential 
to  proper  muscle  function  and  to  the  control  of  the  rates  of  the 
biochemical  reactions  in  the  body.  You  will  learn  more  about 

the  effects  of  temperature  on  reaction  rates  in  Chapter  14.  The 
temperature  is  regulated  bv  a  portion  of  the  human  brain  stem 

called  the  hypothalamus.  The  hypothalamus  acts  as  a  thermo- 
stat for  body  temperature.  When  body  temperature  rises 

above  the  high  end  of  the  normal  range,  the  hypothalamus 

triggers  mechanisms  to  lower  the  temperature.  It  likewise  trig- 
gers mechanisms  to  increase  the  temperature  if  body  tempera- 
ture drops  too  low. 

To  understand  qualitatively  how  the  body's  heating  and 
cooling  mechanisms  operate,  we  can  view  the  body  as  a  thermo- 

dynamic system.  The  body  increases  its  internal  energy  content 
by  ingesting  foods  from  the  surroundings.  The 

foods,  such  as  glucose  (QH^O,,),  are  metabolized — a  process 
that  is  essentially  controlled  oxidation  to  CQt  and  I  bO: 

C6H1206(s)  +  6  02(g) 6  C02(g)  +  6  H:0(/) 
SH  =  -2803  k] 

Roughly  40%  of  the  energy  produced  is  ultimately  used  to  do 
work  in  the  form  of  muscle  contractions  and  nerve  cell  activi- 

ties. The  remainder  of  the  energy  is  released  as  heat,  part  of 
which  is  used  to  maintain  body  temperature.  When  the  body 

produces  too  much  heat,  as  in  times  of  heavy  physical  exer- 
tion, it  dissipates  the  excess  to  the  surroundings. 

Heat  is  transferred  from  the  body  to  its  surroundings  pri- 
marily by  radiation,  convection,  and  evaporation.  Radiation  is  the 

direct  loss  of  heat  from  the  body  to  cooler  surroundings,  much 
as  ,i  hot  stovetop  radiates  heat  to  its  surroundings.  Convection 
is  heat  loss  by  virtue  of  heating  air  that  is  in  contact  with  the 
body.  The  heated  air  rises  and  is  replaced  with  cooler  air,  and 
the  process  continues.  Warm  clothing,  which  usually  consists 

of  insulating  layers  of  material  w  ith  "dead  air"  in  between,  de- 
creases convective  heat  loss  in  cold  weather.  Evaporative  cool- 

ing occurs  when  perspiration  is  generated  at  the  skin  surface 
by  the  swe.it  glands.  Heat  is  removed  from  the  body  as  the 
perspiration  evaporates  into  the  surroundings.  Perspiration  is 
predominant!)  water,  so  the  process  involved  is  the  endothel  - 

ium conversion  of  liquid  water  into  water  vapor: 

I  he  speed  with  which  evaporative  cooling  occurs  decreases  as 
the  atmospheric  humidity  increases,  which  is  why  people  seem 
to  be  more  sweaty  and  uncomfortable  on  hot  and  humid  days. 

When  the  hypothalamus  senses  that  the  body  tempera- 
ture has  risen  too  high,  it  increases  heat  loss  from  the  body  in 

two  principal  ways.  First,  it  increases  the  flow  of  blood  near 
the  surface  of  the  skin,  which  allows  for  increased  radiational 

and  convective  cooling.  The  reddish  "flushed"  appearance  of a  hot  individual  is  the  result  of  this  increased  subsurface  blood 

flow.  Second,  the  hypothalamus  stimulates  the  secretion  of 

perspiration  from  the  sweat  glands,  which  increases  evapora- 
tive cooling.  During  periods  of  extreme  activity,  the  amount  of 

liquid  secreted  as  perspiration  can  be  as  high  as  2  to  4  liters 
per  hour.  As  a  result,  water  must  be  replenished  to  the  body 
during  these  periods  (Figure  5.20  ▼).  If  the  body  loses  too 
much  fluid  through  perspiration,  it  will  no  longer  be  able  to 
cool  itself  and  blood  volume  decreases,  which  can  lead  to  licat 
exhaustion  or  the  more  serious  and  potentially  fatal  heat  stroke, 

during  which  the  body  temperature  can  rise  to  as  high  as  41°C 
to  45°C  (106°F-113°F).  On  the  other  hand,  replenishing  water 
without  replenishing  the  electrolytes  that  are  lost  during  per- 

spiration can  also  lead  to  serious  problems  as  pointed  out  in 

the  "Chemistry  in  Life"  box  in  Section  4.5.  In  fact,  in  some  cir- 
cumstances, drinking  too  much  water  is  a  greater  danger  than 

not  drinking  enough. 

When  body  temperature  drops  too  low,  the  hypothala- 
mus decreases  the  blood  flow  to  the  surface  of  the  skin,  there- 

by decreasing  heat  loss.  It  also  triggers  small  involuntary 
contractions  of  the  muscles;  the  biochemical  reactions  that 

generate  the  energy  to  do  this  work  also  generate  more  heat 
for  the  body.  When  these  contractions  get  large  enough — as 
when  the  body  feels  a  chill — a  shiver  results.  If  the  body  is  un- 

able to  maintain  a  temperature  above  35°C  (95°F),  the  very 
dangerous  condition  called  hypothermia  can  result. 

The  ability  of  the  human  body  to  maintain  its  tempera- 

ture bv  "tuning"  the  amount  of  heat  it  generates  and  transfers to  its  surroundings  is  truly 

remarkable.  If  you  take 
courses  in  human  anatomy 

and  physiology,  you  will 

see  many  other  applica- 
tions of  thermochemistry 

and  thermodynamics  to 

the  ways  in  which  the 
human  body  works. 

im</) 
20(?)       AH  =  +44.0  kj 

-4  Figure  5.20  Marathon 
runner  drinking  water.  Runners 
must  constantly  replenish  the 
water  in  their  bodies  that  is  lost 

through  perspiration. 
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jnd  (2)  the  condensation  of  gaseous  water  to  form  liquid  water,  H20(/).  The  en- 
thalpy change  for  the  overall  process  is  simply  the  sum  of  the  enthalpy  changes 

for  these  two  steps: 

CH4(g)  +  202(g)  *  C02(g)  +  2  H2t%)  A//       802  kj 

(Add)  2  H2Q(g)  -  -*  2  H2Q(/)   A//       -  88  kj 

CH4(g)  +  2  02(g)  +  2  H20(#)  »  C02(x)  +  2  H20(/)  -t  2  H20(tf)       A//        890  kj 

The  net  equation  is 

CH4(g)  +  202(g)  >  CO20f)  •  2H20(/)       A//       890 kj 

To  obtain  the  net  equation,  the  sum  ol  the  reactants  of  the  two  equations  is 
placed  on  one  side  of  the  arrow  and  the  sum  of  the  products  on  the  other  side. 
Because  2  H20(;s')  occurs  on  both  sides,  it  can  be  canceled  like  an  algebraic 
quantity  that  appears  on  both  sides  of  an  equal  sign. 

Hess's  law  states  that  if  a  reaction  is  carried  out  in  a  series  of  steps,  AH  for  the 
overall  reaction  will  equal  the  sum  of  the  enthalpy  changes  for  the  individual  steps.  The 
overall  enthalpy  change  for  the  process  is  independent  of  the  number  of  steps 
or  the  particular  nature  of  the  path  by  which  the  reaction  is  carried  out.  This 
principle  is  a  consequence  of  the  fact  that  enthalpy  is  a  state  function,  and  111 
is  therefore  independent  of  the  path  between  the  initial  and  final  states.  We  can 
therefore  calculate  AH  tor  any  process,  as  long  as  we  find  a  route  tor  w  hich  AH 

is  known  for  each  step.  This  means  th.it  a  relatively  small  number  of  experi- 
mental measurements  can  be  used  to  calculate  A//  for  a  vast  number  of  differ- 

ent reactions. 

Hess's  law  provides  a  useful  means  of  calculating  energy  changes  that  are 
[difficult  to  measure  directly.  For  instance,  it  is  impossible  to  measure  directlv 

the  enthalpy  for  the  combustion  of  carbon  to  form  carbon  monoxide.  Combus- 
tion of  1  mol  of  carbon  with  0.5  mol  of  02  produces  not  only  CO  but  also  CO^, 

leaving  some  carbon  unreacted.  Howev  er,  solid  carbon  and  carbon  monoxide 

can  both  be  completely  burned  in  02  to  produce  C02.  We  can  use  the  enthalpy 
changes  of  these  reactions  to  calculate  the  heat  of  combustion  of  C  to  CO,  as 
shown  in  Sample  Exercise  5.8. 

9 GIVE  IT  SOME  THOUGHT 

What  effect  do  the  following  changes  have  on  AH  for  a  reaction:  (a)  reversing  a  re- 
action, (b)  multiplying  coefficients  by  2? 

m  SAMPLE  EXERCISE  5.8  |  Using  Hess's  Law  to  Calculate  AH 
The  enthalpy  of  reaction  for  the  combustion  of  C  to  COt  is  -393.5  kj/mol  C,  and  the 
enthalpy  for  the  combustion  of  CO  to  CO:  is  -283.0  kj/mol  CO: 

(1)  C(s)  +  02(g)   *  C02(g)      AH,  =  -393.5 kj 

(2)  CO(g)  +  \  02(g)   »  C02(#)       AH2  =  -283.0  kj 

Using  these  data,  calculate  the  enthalpy  for  the  combustion  of  C  to  CO: 

(3)  C(s)  +  j  Chfe)   *  CO(g)        AH3  =  ? 
Solution 

Analyze:  We  are  given  two  thermochemical  equations,  and  our  goal  is  to  combine 
them  in  such  a  way  as  to  obtain  the  third  equation  and  its  enthalpy. 

Plan:  We  will  use  Hess's  law.  In  doing  so,  we  first  note  the  numbers  of  moles  of  sub- 
stances among  the  reactants  and  products  in  the  target  equation,  (3).  We  then  manip- 

ulate equations  (1)  and  (2)  to  give  the  same  number  of  moles  of  these  substances,  so 
that  when  the  resulting  equations  are  added,  we  obtain  the  target  equation.  At  the 
same  time,  we  keep  track  of  the  enthalpv  changes,  which  we  add. 
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Solve:  In  order  to  use  equations  (1)  and  (2),  we  arrange  them  so  that  C(s)  is  on  the  re- 
actant  side  and  CO(y)  is  on  the  product  side  of  the  arrow,  as  in  the  target  reaction, 
equation  (3).  Because  equation  (1)  has  C(s)  as  a  reactant,  we  can  use  that  equation  just 
as  it  is.  We  need  to  turn  equation  (2)  around,  however,  so  that  CO(#)  is  a  product.  Re- 

member that  when  reactions  are  turned  around,  the  sign  of  AH  is  reversed.  We 
arrange  the  two  equations  so  that  they  can  be  added  to  give  the  desired  equation: 

C(s)  +  Oz(g) 

C02(g)  - 

•  CO:(x) 

CO(g)  +  \0£g) 

AH, 
AH2 

-393.5  kj 

283.0  kj 

C(s)  +  \  G2(s) 

CO(tf) 
AH, 

110.5  kj 

When  we  add  the  two  equations,  C02(x)  appears  on  both  sides  of  the  arrow  and 
therefore  cancels  out.  Likewise,  \  02(g)  is  eliminated  from  each  side. 
Comment:  It  is  sometimes  useful  to  add  subscripts  to  the  enthalpy  changes,  as  we 
have  done  here,  to  keep  track  of  the  associations  between  the  chemical  reactions  and 
their  AH  values. 

MM  PRACTICE  EXERCISE 

Carbon  occurs  in  two  forms,  graphite  and  diamond.  The  enthalpy  of  the  combustion 
of  graphite  is  -393.5  kj/mol  and  that  of  diamond  is  -395.4  kj/mol: 

Cigraphite)  +  02(g)   ►  C02(g)       AH,  =  -393.5  kj 

C(diamond)  +  02(g)   ►  C02(g)       AH2  =  -395.4  kj 
Calculate  AH  for  the  conversion  of  graphite  to  diamond: 

Cigraphite)   ►  C(diamond)      AH,  =  ? 

Answer:  AH,  =  +1.9kJ 

HI  SAMPLE  EXERCISE  5.9  |  Using  Three  Equations  with  Hess's  Law  to  Calculate AH 

Calculate  AH  for  the  reaction 

2C(s)  +  H2(g)   >C2H2(g) 

given  the  following  chemical  equations  and  their  respective  enthalpy  changes: 

C2H2(g)  +  \  02(g) 2C02(y)  +  H:0(/)  AH C(£ 
o2(x) 

C02(g) 

H2Q(/) 

AH 

AH 

-1299.6  kj 
-393.5  kj 
-285.8  kj 

H2(g)  +  k  <D2(s)  - Solution 

Analyze:  We  are  given  a  chemical  equation  and  asked  to  calculate  its  AH  using  three 
chemical  equations  and  their  associated  enthalpy  changes. 

Plan:  We  will  use  Hess's  law,  summing  the  three  equations  or  their  reverses  and 
multiplying  each  by  an  appropriate  coefficient  so  that  they  add  to  give  the  net  equa- 

tion for  the  reaction  of  interest.  At  the  same  time,  we  keep  track  of  the  AH  values,  re- 
versing their  signs  if  the  reactions  are  reversed  and  multiplying  them  by  whatever 

coefficient  is  employed  in  the  equation. 
Solve:  Because  the  target  equation  has  C2H2  as  a  product,  we  turn  the  first  equation 
around;  the  sign  of  AH  is  therefore  changed.  The  desired  equation  has  2  C(s)  as  a  re- 

actant, so  we  multiply  the  second  equation  and  its  AH  by  2.  Because  the  target  equa- 
tion has  H2  as  a  reactant,  we  keep  the  third  equation  as  it  is.  We  then  add  the  three 

equations  and  their  enthalpy  changes  in  accordance  with  Hess's  law: 

2C02(g)  +  H20(/) 
2  C(s)  +  2  02(g) 

H2(g)  +  \  02(y) 

C2H2(X)  + 

2  C02(g) 

H20(Z) |  02(g) 

AH 

AH AH 

1299.6  kj 
-787.0  kj 
-285.8  kj 

2  C(s)  +  H2(g) 

C2H2(g) 

AH  =      226.8  kj 

When  the  equations  are  added,  there  are  2  C02,  ̂   02,  and  H20  on  both  sides  of  the 
arrow.  These  are  canceled  in  writing  the  net  equation. 



Check:  The  procedure  must  be  correct  because  we  obtained  the  correct  net  equation. 
In  cases  like  this  you  should  go  back  over  the  numerical  manipulations  of  the  A// 
values  to  ensure  that  you  did  not  make  an  inadvertent  error  with  signs. 

MB  PRACTICE  EXERCISE 

Calculate  AH  for  the  reaction 

NO(x)  +  0(g) 

given  the  following  information: 

NO(y)  +  0,(x)   ►  N02(g) 

03(g)   »  I  °l(g) 

02(g)   >  2  0(g) 

Answer:  -304.1  kj 

—  N02fe) 

02(g) 

AH 

A// 

AH 

198.9  I- 1 
■142.3  kj 

495.0  k| 

The  key  point  of  these  examples  is  that  //  is  a  state  function,  so  for  a  particu- 
lar set  ofreactants  and  products,  A  /  /  is  the  same  whether  the  miction  takes  place  in  one 

step  or  in  a  series  of  steps.  For  example,  consider  the  reaction  of  methane  (CH4) 
and  oxygen  (Oi)  to  form  CO:  and  H20.  We  can  envision  the  reaction  forming 
.CO2  directly  or  with  the  initial  formation  of  CO,  which  is  then  combusted  to 

'CO2.  These  two  paths  are  compared  in  Figure  5.21  ►.  Because  //  is  a  state  func- 
tion, both  paths  must  produce  the  same  value  of  A//.  In  the  enthalpv  diagram, 

that  means  AH,  =  AH2  +  A//,. 

;5.7  I  Enthalpies  of  Formation 

By  using  the  methods  we  have  just  discussed,  we  can  calculate  the  enthalpy 

changes  for  a  great  many  reactions  horn  tabulated  A//  values.  Many  experi- 
mental data  are  tabulated  according  to  the  type  of  process.  For  example,  exten- 

sive tables  exist  of  enthalpies  of  vaporization  ( A/  /  for  converting  liquids  to  gases), 

enthalpies  of  fusion  (AH  for  melting  solids),  enthalpies  of  combustion  (A//  for  com- 
busting a  substance  in  oxygen),  and  so  forth.  A  particularly  important  process 

used  for  tabulating  thermochemical  data  is  the  formation  of  a  compound  from 
its  constituent  elements.  The  enthalpv  change  associated  with  this  process  is 
called  the  enthalpy  of  formation  (or  heat  of  formation)  and  is  labeled  A//,, 

where  the  subscript  f  indicates  that  the  substance  has  been  formed  from  its  com- 
ponent elements. 

The  magnitude  of  any  enthalpy  change  depends  on  the  conditions  of  tem- 
perature, pressure,  and  state  (gas,  liquid,  or  solid  crystalline  form)  of  the  reac- 

tants  and  products.  In  order  to  compare  the  enthalpies  of  different  reactions,  we 

must  define  a  set  of  conditions,  called  a  standard  state,  at  which  most  enthalpies 
are  tabulated.  The  standard  state  of  a  substance  is  its  pure  form  at  atmospheric 
pressure  (1  atm;  )  and  the  temperature  of  interest,  which  we 

usually  choose  to  be  298  K  (25  C).*  The  standard  enthalpy  change  of  a  reaction 
is  defined  as  the  enthalpy  change  when  all  reactants  and  products  are  in  their 

standard  states.  We  denote  a  standard  enthalpv  change  as  111  ,  where  the  su- 

perscript 0  indicates  standard-state  conditions. 
The  standard  enthalpy  of  formation  of  a  compound,  AH  , ,  is  the  change  in 

enthalpy  for  the  reaction  that  forms  one  mole  of  the  compound  from  its  ele- 
ments, with  all  substances  in  their  standard  states.  We  usually  report  AH  /  val- 

ues at  298  K.  If  an  element  exists  in  more  than  one  form  under  standard 
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CFI4(X)  +  2  02(s) 

-SMI)  k| \U2  =  -607  k| 

CO(tf)  +  2H20(/)  4  ̂ 02(y) 

A//,  =  -283  k[ 

C02(g)  +  2  H20(/) 

▲  Figure  5.21    An  enthalpy  diagram 

illustrating  Hess's  law.  The  quantity  of  heat 
generated  by  combustion  of  1  mol  CH4  is 
independent  of  whether  the  reaction  takes  place 
in  one  or  more  steps:  AW,  -  AW2  '  AW5. 

MOVIE 

^    Formation  of  Water 

MOVIE 

^    Formation  of  Aluminium  Bromide 

*The  definition  of  the  standard  state  for  gases  has  been  changed  to  1  bar  ( I  atm  1.013  bar),  ,1 
slightly  lower  pressure  than  the  value  of  1  atm  that  is  used  for  the  data  in  this  text.  For  most  pur- 

poses, this  change  makes  very  little  difference  in  the  standard  changes. 
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TABLE  5.3    Standard  Enthalpies  of  Formation,  AH/,  at  298  K 

For  t  yi  1 1 1  a A//  (kl/mnll —1  1  1  f     \  IV J  1  l\\\.J\  ) F- 1  \  r  m  ill-* 
Ml  ILI/mfill 

Acetylene 
C2H2(g) 

226.7 Hydrogen  chloride 

HCI(g) 

-92.30 

Am  muni  a 

NH,(g) 

-46.19 

Hydrogen  fluoride 

HF(g) -268.60 

Benzene 
QH6(/) 

49.0 
Hydrogen  iodide 

HKg) 

25.9 
Calcium  carbonate CaC03(s) 

-1207.1 

Methane 

CH4(g) 

-74.80 

Calcium  oxide 
CaO(s) 

-635.5 

Methanol 
CH3OH(/) 

-238.6 

Carbon  dioxide 
C02(g) 

-393.5 

Propane 

C3H8(g) 

-103.85 

Carbon  monoxide 

CO(g) 

-110.5 

Sih'er  chloride AgCl(s) 

-127.0 

Diamond 

C(s) 

1.88 Sodium  bicarbonate 

NaHC03(s) 

-947.7 

Ethane C2H6(g) 

-84.68 

Sodium  carbonate 
Na2C03(s) 

-1130.9 

Ethanol C2H5OH(/) 

-277.7 

Sodium  chloride 

NaCl(s) 

-410.9 

Ethylene 
C2H4(g) 

52.30 Sucrose Ci2H22On(s) 

-2221 

Glucose C6H1206(s) 

-1273 

Water 
H20(/) 

-285.8 

Hydrogen  bromide 

HBr(g) 
-36.23 

Water  vapor 

H20(g) 

-241.8 

conditions,  the  most  stable  form  of  the  element  is  usually  used  for  the  forma- 
tion reaction.  For  example,  the  standard  enthalpy  of  formation  for  ethanol, 

C2H5OH,  is  the  enthalpy  change  for  the  following  reaction: 

2  C(graphite)  +  3  H2(g)  +  \  02(g)  *  C2H5OH(/)      AH }  =  -277.7  kj  [5.23] 

The  elemental  source  of  oxygen  is  Ot,  not  O  or  O3,  because  O2  is  the  stable 

form  of  oxygen  at  298  K  and  standard  atmospheric  pressure.  Similarly,  the  ele- 
mental source  of  carbon  is  graphite  and  not  diamond,  because  graphite  is  more 

stable  (lower  energy)  at  298  K  and  standard  atmospheric  pressure  (see  Practice 

Exercise  5.8).  Likewise,  the  most  stable  form  of  hydrogen  under  standard  con- 
ditions is  H.2(g),  so  this  is  used  as  the  source  of  hydrogen  in  Equation  5.25. 

The  stoichiometry  of  formation  reactions  always  indicates  that  one  mole  of 
the  desired  substance  is  produced,  as  in  Equation  5.25.  As  a  result,  enthalpies  of 
formation  are  reported  in  kj/mol  of  the  substance.  Several  standard  enthalpies 
of  formation  are  given  in  Table  5.3  ▲.  A  more  complete  table  is  provided  in 
Appendix  C.  Bv  definition,  the  standard  enthalpy  of  formation  of  the  most  stable 
form  of  am/  element  is  zero  because  there  is  no  formation  reaction  needed  when 

the  element  is  already  in  its  standard  state.  Thus,  the  values  of  AH°  for 
C(graphite),  H2(^),  02(g),  and  the  standard  states  of  other  elements  are  zero  by 
definition. 

Q    GIVE  IT  SOME  THOUGHT 

In  Table  5.3,  the  standard  enthalpy  of  formation  of  C2H2(g)  is  listed  as  226.7  kJ  mol. 
Write  the  thermochemical  equation  associated  with  \Hf  for  this  substance. 

■i  SAMPLE  EXERCISE  5.10  |  Identifying  Equations  Associated  with  Enthalpies  of 
Formation 

For  which  of  the  following  reactions  at  25°C  would  the  enthalpy  change  represent  a 
standard  enthalpy  of  formation?  For  those  where  it  does  not,  what  changes  would 
need  to  be  made  in  the  reaction  conditions? 

(a)  2  Na(s)  +  \  02(?)   *  Na20(s) 

(b)  2  K(Z)  +  Cl2(g)   >  2  KCl(s) 

(c)  C6H1206(s)   >  6C(diamond)  +  6H2(g)  +  3  02Q?) 
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Solution 
Analyze:  The  standard  enthalpy  of  formation  is  represented  by  a  reaction  in  which 
each  reactant  is  an  element  in  its  standard  state  and  the  product  is  one  mole  of  the 
compound. 
Plan:  To  solve  these  problems,  we  need  to  examine  each  equation  to  determine,  first 
of  all,  whether  the  reaction  is  one  in  which  a  substance  is  formed  from  the  elements. 
Next,  we  need  to  determine  whether  the  reactant  elements  are  in  their  standard 
states. 
Solve:  In  (a)  Na.O  is  formed  from  the  elements  sodium  and  oxygen  in  their  proper 
states,  a  solid  and  gas,  respectively.  Therefore,  the  enthalpy  change  for  reaction  (.1) 
corresponds  to  a  standard  enthalpy  of  formation. 

In  (b)  potassium  is  given  as  a  liquid.  It  must  be  changed  to  the  solid  form,  its 
standard  state  at  room  temperature,  furthermore,  two  moles  of  product  are  formed, 
so  the  enthalpy  change  for  the  reaction  as  written  is  twice  the  standard  enthalpy  of 
formation  of  KCI(s).  The  proper  equation  for  the  formation  reaction  is 

K(s)  +  j  C%)   *  KCl(s) 
Reaction  (c)  does  not  form  ,1  substance  from  its  elements.  Instead,  a  substance 

decomposes  to  its  elements,  so  this  reaction  must  be  reversed.  Next,  the  element  car- 
bon is  given  as  diamond,  whereas  graphite  is  the  lowest-energy  solid  form  of  carbon 

at  room  temperature  and  I  atm  pressure.  I  he  equation  that  correctly  represents  the 
enthalpy  of  formation  of  glucose  from  its  elements  is 

6C(gmphite)  +  6H2(g)  +  302(g)   ►  Cf,H1206(s) 

■■  PRACTICE  EXERCISE 

Write  the  equation  corresponding  to  the  standard  enthalpy  of  formation  of  liquid  car- 
bon tetrachloride  (CC14). 

Answer:  C(s)  +  2C\2(g)   ►  CC14(/) 

Using  Enthalpies  of  Formation  to  Calculate  Enthalpies 
of  Reaction 

Tabulations  of  A//'/,  such  as  those  in  lable  5.3  and  Appendix  C,  have  many  im- 
portant uses.  As  we  will  see  in  this  section,  we  can  use  1  loss's  law  to  calculate 

the  standard  enthalpy  change  for  any  reaction  lor  which  we  know  the  A//7 
values  for  all  reactants  and  products.  For  example,  consider  the  combustion  of 

propane  gas,  C3H8(g),  with  oxygen  to  form  C02(g)  and  I  hOC/)  under  standard 
conditions: 

C3H8(g)  +  502(g)  ►  3CO2Q?)  ■+  4H20(/) 

We  can  write  this  equation  as  the  sum  of  three  formation  reactions: 

C3H8(g)  -  —  3C(s)  +  4H2C?)  A//,        A///[C,H,s(:s')|  [5.26] 

3C(s)  +  302(g)  »3C02C?)  A//:     3AH°[C02(£)]  [5.27] 

4H2(#)  +  2O2C?)  *  4H20(/)  AH3  =  4AH°[H20(/)I  [5.28] 

C3H8(g)  +  502(g)  ►  3C02Q?)  t  4  H20(/)       A H °xn  =  AH,  +  AH2  +  AH3  [5.29] 

From  Hess's  law  we  can  write  the  standard  enthalpy  change  for  the  overall  re- 
action, Equation  5.29,  as  the  sum  of  the  enthalpy  changes  for  the  processes  in 

Equations  5.26  through  5.28.  We  can  then  use  values  from  lable  5.3  to  compute 
a  numerical  value  for  AH  for  the  overall  reaction: 

AH",An  =  AH,  +  AH2  +  AH3 

-AH?[C3H8(g)]  +  3AH'/[CO:(,e)|  +  4AHj[HzO(/)] 

-(-103.85  kj)  +  3(-393.5  kj)  +  4(-2S5.8k|)      -2220  k]  [5.30] 
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MOVIE 
Nitrogen  Triiodide 

MOVIE 

Several  aspects  of  this  calculation  depend  on  the  guidelines  we  discussed 
in  Section  5.4. 

1.  Equation  5.26  is  the  reverse  of  the  formation  reaction  for  C^H^),  so  the  en- 

thalpy change  for  this  reaction  is  -  AH^CiH^')]. 
2.  Equation  5.27  is  the  formation  reaction  for  3  mol  of  CC)2(#).  Because  enthalpy 

Thermite                                              's  c1n  extensive  property,  the  enthalpy  change  for  this  step  is  3AH^[C02(x)l- 
Similarly,  the  enthalpy  change  for  Equation  5.2K  is  4AH?[H20(/)].  The  reac- 

tion specifies  that  H20(/)  was  produced,  so  be  careful  to  use  the  value  of  AH ? 
for  H20(/),  not  H2C%). 

3.  We  assume  that  the  stoichiometric  coefficients  in  the  balanced  equation 

represent  moles.  For  Equation  5.29,  therefore,  the  value  AH°xn  =  -2220  kj 
represents  the  enthalpy  change  for  the  reaction  of  I  mol  C3H8  and  5  mol 
02  to  form  3  mol  C02  and  4  mol  H20.  The  product  of  the  number  of  moles 
and  the  enthalpy  change  in  kj/mol  has  the  units  kj:  (number  of  moles)  < 

(AH°  in  kj/mol)'  =  kj.  We  therefore  report  AH°xn  in  kj. 
Figure  5.22  ▼  presents  an  enthalpy  diagram  for  Equation  5.29,  showing  how  it 
can  be  broken  into  steps  involving  formation  reactions. 

We  can  break  down  any  reaction  into  formation  reactions  as  we  have 

done  here.  When  we  do,  we  obtain  the  general  result  that  the  standard  en- 

thalpy change  of  a  reaction  is  the  sum  of  the  standard  enthalpies  of  forma- 
tion of  the  products  minus  the  standard  enthalpies  of  formation  of  the 

reactants: 

AH°rxn  =  2>AH?(products)  -  ̂   »"AH°(reactants)  [5.31] 

The  symbol  2  (sigma)  means  "the  sum  of,"  and  ;/  and  m  are  the  stoichiometric 
coefficients  of  the  chemical  equation.  The  first  term  in  Equation  5.31  represents 

the  formation  reactions  of  the  products,  which  are  written  in  the  "forward"  di- 
rection, that  is,  elements  reacting  to  form  products.  This  term  is  analogous  to 

Equations  5.27  and  5.28  in  the  previous  example.  The  second  term  represents 
the  reverse  of  the  formation  reactions  of  the  reactants,  as  in  Equation  5.26, 

which  is  why  the  AF/°  values  have  a  minus  sign  in  front  of  them. 

►  Figure  5.22  An  enthalpy  diagram 
relating  the  enthalpy  change  for  a  reaction 
to  enthalpies  of  formation.  Enthalpy  diagram 
for  the  combustion  of  1  mol  of  propane  gas, 
C5H8(g).  The  overall  reaction  is 

C5H8(g)  +  5  02{g)   >  3  C02(g)  +  4  H20(/). 
We  can  imagine  this  reaction  as  occurring  in 
three  steps.  First,  C5H8(g)  is  decomposed  to  its 
elements,  so  AW,        AH/  [C5H8(g)].  Second, 
3  mol  C02(g)  are  formed,  sc 
AW2     3AH;  [C07(g)\.  Finally,  4  mol  H20(/)  are 

formed,  so  AW5     4AW/  [H20(/)|.  Hess's  law 
tells  us  that  AWra,     AH,  I  AH2  I  AW;  This 
same  result  is  given  by  Equation  5.30  because 
AW/[02(g))  0. 

3  C  (graphite)  +  4  H2(g)  +  5  02(g) 
Elements  i 

AH,  = 
i  !  (T)  Decomposition  1  (5)  Formation  of  3  C02 +  103.85  kj  i 

;  C3H8(g)  +  5  02(£) 

>220  kj 

Reactants 
i  AH2  =  -1181  kj 

f3  C02(g)  +  4  H2(x)  +  2  02(g) 

 1  
i 

]  ©Formation  of  4  H20 

I  AH3  =  -1143  kj 
3  CQ2(g)  +  4  H20(/)  \ 

Products 
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■i  SAMPLE  EXERCISE  5.11  |  Calculating  an  Enthalpy  of  Reaction  from  Enthalpies  of  Formation 

(a)  Calculate  the  standard  enthalpy  change  for  the  combustion  of  I  mol  of  benzene,  C„l  !„(/),  to  C02(#)  and  1 l20(/).  (b)  Compan 
the  quantity  of  heat  produced  by  combustion  of  1.00  g  propane  to  that  produced  by  1.00  g  benzene. 

Solution 

Analyze:  (a)  We  are  given  a  reaction  [combustion  of  C,,H„(/)  to  form  C02(g)  and  H2Q(/)|  and  asked  to  calculate  its  standard  en- 
thalpy change,  AH\  (b)  We  then  need  to  compare  the  quantity  of  heat  produced  by  combustion  of  1 .00  g  QH6  with  that  produc  ed 

by  1.00  g  of  C^H8,  whose  combustion  was  treated  above  in  the  text. 
Plan:  (a)  We  need  to  write  the  balanced  equation  tor  tin'  combustion  of  CJ1,,.  We  then  look  up  AH .  values  in  Appendix  C  or  in 
Table  5.3  and  apply  Equation  5.31  to  calculate  the  enthalpy  change  for  the  reaction,  (b)  We  use  the  molar  mass  of  Q,Hh  to  change 
the  enthalpy  change  per  mole  to  that  per  gram.  We  similarly  use  the  molar  mass  of  C^Hs  and  the  enthalpy  change  per  mole  cal- 

culated in  the  text  above  to  calculate  the  enthalpy  change  per  gram  of  that  substance. 

Solve:  (a)  We  know  that  a  combus- 
tion reaction  involves  02(/s')  as  a  re- 

actant.  Thus,  the  balanced  equation 
for  the  combustion  reaction  oi  I  mol 

Q,Hh(/)  is chnh(/)  +  o2te) 6C02(x)  +  3H20(/) 

We  can  calculate  AH  for  this  reac- 
tion by  using  Equation  5.31  and  data 

in  Table  5.3.  Remember  to  multiply 
the  AH°  value  for  each  substance 
in  the  reaction  by  that  substance's  sto- ichiometric coefficient.  Recall  also 

that  AHJ  =  0  for  any  element  in  its 
most  stable  form  under  standard 

conditions,  so  AH°[02(g)]  =  0: 

(b)  From  the  example  worked  in  the 
text,  AH  -2220  kj  for  the  com- 

bustion of  1  mol  of  propane.  In  part 
(a)  of  this  exercise  we  determined 
that  AH  -3267  kj  tor  the  com- 

bustion of  1  mol  benzene.  To  deter- 
mine the  heat  of  combustion  per 

gram  of  each  substance,  we  use  the 
molar  masses  to  convert  moles  to 

grams: 

AH'rvn  -  [6AH'/(C02)  +  3AH?(H20)|  -  [AH?(C(lHJ  +  '=?  AH;(Q2) 
[6(-393.5kJ)  +  3(-285.8kJ)j 

(-2361  -  857.4  -  49.0)  k| -3267  kj 
(49.0  kj)  +  ';(0kj) 

C,Hs(x):  (  2220  kj  mol)(l  mol  44.1  g)  =  -50.3  kj  g 

C(1EU/):       (-3267  kj  mol)(l  mol/78.1  g)  =  -41.8  kj/g 

Comment:  Both  propane  and  benzene  are  hydrocarbons.  As  a  rule,  the  energy  obtained  from  the  combustion  of  a  gram  ol  hy- 
drocarbon is  between  40  and  50  kj. 

Wm  PRACTICE  EXERCISE 

Using  the  standard  enthalpies  of  formation  listed  in  Table  5.3,  calculate  the  enthalpy  change  for  the  combustion  of  I  mol  of 
ethanol: 

C2HsOH(/)  +  3  02(X)   «  2C02(g)  +  3H:0(/) 

Answer:  —  1 367  kj 

■B  SAMPLE  EXERCISE  5.12  |  Calculating  an  Enthalpy  of  Formation  Using  an  Enthalpy  of  Reaction 

The  standard  enthalpy  change  for  the  reaction 

CaC03(s)   ►  CaO(s)  +  C02(g) 

is  178.1  kj.  From  the  values  for  the  standard  enthalpies  of  formation  of  CaO(s)  and  CQ2(x)  given  in  Table  5.3,  calculate  tin 
dard  enthalpy  of  formation  of  CaCOi(s). 

Solution 

Analyze:  We  need  to  obtain  AH J(CaC03). 

Plan:  We  begin  by  writing  the  ex- 
pression for  the  standard  enthalpy 

change  for  the  reaction:  AH°rM1  =  [AH°(CaO)  +  AH?(C02)]  -  AH^CaCOj 
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Solve:  Inserting  the  known  values 
from  Table  5.3  or  Appendix  C,  we 

have  7S.I  kj  =  -635.5  kj  -  393.5  kj  -  AH/(CaC03) 

Solving  for  AH/(CaC03)  gives  AH/(CaC03)  =  -1207.1  kj/mol 

Check:  We  expect  the  enthalpy  of  formation  of  a  stable  solid  such  as  calcium  carbonate  to  be  negative,  as  obtained, 

■i  PRACTICE  EXERCISE 

Given  the  following  standard  enthalpy  change,  use  the  standard  enthalpies  of  formation  in  Table  5.3  to  calculate  the  standard  en- 
thalpy of  formation  of  CuO(s): 

CuO(>)  +  H2(g)   ►  Cu(s)  +  H20(/)      AH°  =  -129.7k) 

Answer:  —156.1  kj/mol 

5.8  I  Foods  and  Fuels 

Most  chemical  reactions  used  for  the  production  of  heat  are  combustion  reac- 
tions. The  energy  released  when  one  gram  of  a  material  is  combusted  is  often 

called  its  fuel  value.  Because  fuel  values  represent  the  heat  released  in  a  com- 
bustion, fuel  values  are  reported  as  positive  numbers.  The  fuel  value  of  any 

food  or  fuel  can  be  measured  by  calorimetry. 

Foods 

Most  of  the  energv  our  bodies  need  comes  from  carbohydrates  and  fats.  The 
forms  of  carbohydrate  known  as  starch  are  decomposed  in  the  intestines  into 

glucose,  ChHi20h.  Glucose  is  soluble  in  blood,  and  in  the  human  body  it  is 
known  as  blood  sugar.  It  is  transported  by  the  blood  to  cells,  where  it  reacts 

with  On  in  a  series  of  steps,  eventually  producing  CCsf^),  H20(/),  and  energy: 

C6H  l206(s)  +  6  02(g)   ►  6  C02(g)  +  6  H20(/)       AH0     -2803  kj 

The  breakdown  of  carbohydrates  is  rapid,  so  their  energy  is  quickly  supplied  to 
the  body.  However,  the  body  stores  only  a  very  small  amount  of  carbohydrates. 
The  average  fuel  value  of  carbohydrates  is  17  kj/g  (4  kcal/g). 

Like  carbohydrates,  fats  produce  C02  and  HhO  when  metabolized  and 
when  subjected  to  combustion  in  a  bomb  calorimeter.  The  reaction  of  tristearin, 

CS7H  |  ioO(,,  a  typical  fat,  is  as  follows: 

2 C57H110O6(s)  +  16302(g)  -  — »  114C02(g)  +  110H2O(/)    AH°  =  -75,520  kj 

The  body  uses  the  chemical  energy  from  foods  to  maintain  body  temperature 

(see  the  "Chemistry  and  Life"  box  in  Section  5.5),  to  contract  muscles,  and  to 
construct  and  repair  tissues.  Any  excess  energy  is  stored  as  fats.  Fats  are  well 

suited  to  serve  as  the  body's  energy  reserve  for  at  least  two  reasons:  (1)  They  are 
insoluble  in  water,  which  facilitates  storage  in  the  body,  and  (2)  they  produce 

more  energv  per  gram  than  either  proteins  or  carbohydrates,  which  makes 
them  efficient  energv  sources  on  a  mass  basis.  The  average  fuel  value  of  fats  is 
38  kj/g  (9  kcal/g). 

The  metabolism  of  proteins  in  the  body  produces  less  energy  than  combus- 
tion in  a  calorimeter  because  the  products  are  different.  Proteins  contain  nitro- 
gen, which  is  released  in  the  bomb  calorimeter  as  N2.  In  the  body  this  nitrogen 

ends  up  mainly  as  urea,  (NH2)2CO.  Proteins  are  used  by  the  body  mainly  as 
building  materials  for  organ  walls,  skin,  hair,  muscle,  and  so  forth.  On  average, 
the  metabolism  of  proteins  produces  17kJ/g  (4  kcal/g),  the  same  as  for 
carbohydrates. 
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TABLE  5.4   Compositions  and  Fuel  Values  of  Some  Common  Foods 

Approximate  Composition  ("<>  by  mass) 
Fuel  Value 

Carbohydrate  Fat Protein 
kj/g     kcal/g  (Cal/g) 

Carbohydrate 100 

1  7 

4 
1  al 

~~ 

100 

38 

L» 

Protein 100 

1  7 

4 

Apples 
13 

0.3 

0.4 2.5 

0.59 

Beer'
 

1.2 0.3 

1  s 

0.42 

Bread 
52 

3 9 12 

2.S 

Cheese 4 
37 

28 

20 

1  7 

Eggs 
0.7 

10 
1  ! 

6.0 J 

Fudge 
81 

1  1 2 L8 
4.4 Green  beans 7.0 1.9 

1.5 0.38 

1  lamburger 30 22 

13 

3.h 
Milk  (whole) 

3.0 

4.0 
3.3 

3.0 

0.74 

Peanuts 22 39 26 23 5.5 

Beers  typically  contain  3  5%  ethanol,  which  hiis  fuel  \  alue 

T  he  fuel  values  lor  a  variety  of  common  foods  arc  shown  in  Table  5.4  A.  La- 
bels on  packaged  foods  show  the  amounts  of  carbohydrate,  fat,  and  protein 

contained  in  an  av  erage  serving,  as  well  as  the  amount  of  energy  supplied  by  a 

serving  (Figure  5.23  ►).  The  amount  of  energy  our  bodies  require  varies  con- 
siderably depending  on  such  factors  as  weight,  age,  and  muscular  activity. 

About  100  kj  per  kilogram  of  body  weight  per  day  is  required  to  keep  the  body 

functioning  at  a  minimal  level.  An  av  erage  70-kg  ( I  54-lb)  person  expends  about 
800  kj/hr  when  doing  light  work,  such  as  slow  walking  or  light  gardening. 
Strenuous  activity,  such  as  running,  often  requires  2000  kj/hr  or  more.  When 
the  energy  value,  or  caloric  content,  of  our  food  exceeds  the  energy  we  expend, 
our  body  stores  the  surplus  as  tat 

9 GIVE  IT  SOME  THOUGHT 

Which  releases  the  greatest  amount  energy  per  gram  upon  metabolism,  carbohydrates, 
proteins,  or  fats? 

■I  SAMPLE  EXERCISE  5.13  |  Comparing  Fuel  Values 

A  plant  such  as  celery  contains  carbohydrates  in  the  form  of  starch  and  cellulose. 
These  two  kinds  of  carbohydrates  have  essentially  the  same  fuel  values  when  com- 

busted in  a  bomb  calorimeter.  When  we  consume  celery,  however,  our  bodies  receive 
fuel  value  from  the  starch  only.  What  can  we  conclude  about  the  difference  between 
starch  and  cellulose  as  foods? 

Solution  If  cellulose  does  not  prov  ide  fuel  value,  we  must  conclude  that  it  is  not  con- 
verted in  the  body  into  COn  and  PNC  1  as  starch  is.  A  slight,  but  critical,  difference  in 

the  structures  of  starch  and  cellulose  explains  why  only  starch  is  broken  down  into 
glucose  in  the  body.  Cellulose  passes  through  without  undergoing  significant  chemi- 

cal change.  It  serves  as  fiber,  or  roughage,  in  the  diet,  but  provides  no  caloric  value. 

A  Figure  5.23   Labels  of  processed  foods 
showing  nutritional  information.  Such  labels 
give  information  about  the  quantities  of  different 
nutrients  and  the  energy  value  (caloric  value)  in 
an  average  serving. 

MM  PRACTICE  EXERCISE 

The  nutritional  label  on  a  bottle  of  canola  oil  indicates  that  10  g  of  the  oil  has  an  ener- 
gy value  of  86  kcal.  A  similar  label  on  a  bottle  of  pancake  syrup  indicates  that  (->()  ml 

(about  60  g)  has  an  energy  value  of  200  kcal.  Account  for  the  difference. 
Answer:  The  oil  has  a  fuel  value  of  8.(1  kcal/g,  whereas  the  syrup  has  a  fuel  value  of 
about  3.3  kcal/g.  The  higher  fuel  value  for  the  canola  oil  arises  because  the  oil  is  essen- 

tially pure  fat,  whereas  the  syrup  is  a  solution  of  sugars  (carbohydrates)  in  water.  The  oil 
has  a  higher  fuel  value  per  gram;  in  addition,  the  syrup  is  diluted  by  water. 
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mi  SAMPLE  EXERCISE  5.14  |  Estimating  the  Fuel  Value  of  a  Food  from  Its 
Composition 

(a)  A  28-g  (1-oz)  serving  of  a  popular  breakfast  cereal  served  with  120  mL  of  skim 
milk  provides  8  g  protein,  26  g  carbohydrates,  and  2  g  fat.  Using  the  average  fuel  val- 

ues of  these  kinds  of  substances,  estimate  the  energy  value  (caloric  content)  of  this 
serving,  (b)  A  person  of  average  weight  uses  about  lOOCal/mi  when  running  or  jog- 

ging. How  many  servings  of  this  cereal  provide  the  energy  value  requirements  for 

running  3  mi 7 
Solution 

(a)  Analyze:  The  energy  value  of  the  serv  ing  will  be  the  sum  of  the  energy  values  of 
the  protein,  carbohydrates,  and  fat. 
Plan:  We  are  given  the  masses  of  the  protein,  carbohydrates,  and  fat  contained  in  the 
combined  cereal/milk  serving.  We  can  use  the  data  in  Table  5.4  to  convert  these 
masses  to  their  energy  values,  which  we  can  sum  to  get  the  total  energy  value. 

Solve:  (8  g  protein) 

17  kj 

1  g  protein 

(26  g  carbohydrate 

17  kj 

(2gfat) 

38  k| 

1  g  tat 

1  g  carbohydrate/ 

650  kj  (to  two  significant  figures) 

This  corresponds  to  160  kcal: 
(650  kj) 1  kcal 4.18  kj 

160  kcal 

Recall  that  the  dietary  Calorie  is  equivalent  to  1  kcal.  Thus,  the  serving  provides 
160  Cal. 

(b)  Analyze:  Here  we  are  faced  with  the  rev  erse  problem,  calculating  the  quantih  of 
food  that  provides  a  specific  energy  value. 
Plan:  The  problem  statement  provides  a  conversion  factor  between  Calories  and 
miles.  The  answer  to  part  (a)  provides  us  with  a  conversion  factor  between  servings 
and  Calories. 

Solve:  We  can  use  these  factors  in  a  straightforward  dimensional  analysis  to  deter- 
mine the  number  of  servings  needed,  rounded  to  the  nearest  whole  number: 

/  100 Cal  \/l  serving  \ Servings  =  (3  mi)[    1  _  -  )(   ̂r_nr~  ,   ]  =  2  servings l  mi 160  Cal 

PRACTICE  EXERCISE 

(a)  Dry  red  beans  contain  62%  carbohydrate,  22%  protein,  and  1.5%  fat.  Estimate  the 
fuel  value  of  these  beans,  (b)  Very  light  activity  like  reading  or  watching  television 
uses  about  7  kj/min.  How  many  minutes  of  such  activity  can  be  sustained  by  the  en- 

ergy provided  by  a  serving  of  chicken  noodle  soup  containing  13  g  protein,  15  g  car- 
bohydrate, and  5  g  fat? 

Answers:  (a)  15  kj/g,  (b)  95  min 

Fuels 

The  elemental  compositions  and  fuel  v  alues  of  several  common  fuels  are  com- 
pared in  Table  5.5  ►.  During  the  complete  combustion  of  fuels,  carbon  is  con- 

verted to  COt  and  hydrogen  is  converted  to  H20,  both  of  which  have  large 
negative  enthalpies  of  formation.  Consequently,  the  greater  the  percentage  of 
carbon  and  hydrogen  in  a  fuel,  the  higher  its  fuel  value.  Compare,  for  example, 
the  compositions  and  fuel  values  of  bituminous  coal  and  wood.  The  coal  has  a 
higher  fuel  value  because  of  its  greater  carbon  content. 

In  2002  the  United  States  consumed  1.03  x  101'  kj  of  energy.  This  value 
corresponds  to  an  average  daily  energy  consumption  per  person  of 

1.0  x  10h  kj,  which  is  roughly  100  times  greater  than  the  per  capita  food-energy 
needs.  We  are  a  very  energy-intensive  society.  Although  our  population  is  only 

about  4.5%  of  the  world's  population,  the  United  States  accounts  for  nearly 
one-fourth  of  the  total  world  energy  consumption.  Figure  5.24  ►  illustrates  the 
sources  of  this  energy. 
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TABLE  5.5   Fuel  Values  and  Compositions  of  Some  Common  Fuels 

Approximate  Elemental 
Composition  (mass 

%  ) 

c !  I o ruei  value  uk  |  /  g  / 

Wood  (pine) 

51 ! 

6 
1 1 

18 Anthracite  coal  (Pennsylvania) 82 1 2 

31 

Bituminous  coal  (Pennsylvania) 
77 

3 32 
Charcoal 

100 
0 0 34 

Crude  oil  (Texas) 
85 12 

0 

4^ 

( lasoline 

85 

15 0 48 
Natural 

70 

25 0 

49 

Hydrogen o 
10(1 

0 142 

Coal,  petroleum,  and  natural  gas,  which  arc  our  major  sources  of  energy,  are 
known  as  fossil  fuels.  All  have  formed  over  millions  of  vears  from  the  decom- 

position of  plants  and  animals  and  are  being  depleted  tar  more  rapidly  than 

they  are  being  formed.  Natural  gas  consists  of  gaseous  hydrocarbons,  com- 
pounds of  hydrogen  and  carbon.  It  contains  primarily  methane  (CH4),  with 

small  amounts  of  ethane  (CtH,,),  propane  (C-,HS),  and  butane  (C4H111).  We  de- 
termined the  fuel  value  of  propane  in  Sample  Exercise  5.1 1.  Petroleum  is  a  liquid 

composed  of  hundreds  of  compounds.  Most  of  these  compounds  are  hydrocar- 
bons, with  the  remainder  being  chiefly  organic  compounds  containing  sulfur, 

nitrogen,  or  oxygen.  Coal,  which  is  solid,  contains  hydrocarbons  of  high  molec- 
ular weight  as  well  as  compounds  containing  sulfur,  oxygen,  or  nitrogen.  Coal  is 

the  most  abundant  fossil  fuel;  it  constitutes  SO",,  of  the  fossil  fuel  reserves  of  the 
United  States  and  Wo  of  those  of  the  world.  I  lowever,  the  use  of  coal  presents  a 
number  of  problems.  Coal  is  a  complex  mixture  of  substances,  and  it  contains 

components  that  cause  air  pollution.  When  coal  is  combusted,  the  sulfur  it  con- 
tains is  converted  mainly  to  sulfur  dioxide,  SO^,  a  very  troublesome  air  pollu- 
tant. Because  coal  is  a  solid,  recovery  from  its  underground  deposits  is 

expensive  and  often  dangerous.  Furthermore,  coal  deposits  are  not  always  close 

to  locations  of  high-energy  use,  so  there  are  often  substantial  shipping  costs. 
One  promising  way  to  utilize  coal  reserves  is  to  use  them  to  produce  a  mix- 

ture of  gaseous  hydrocarbons  called  si/;/>s-(;s  (for  "syn  thesis  gas").  In  this  process, 
called  coal  gasification,  the  coal  typically  is  pulverized  and  treated  with  super- 

heated steam.  Sulfur-containing  compounds,  water,  and  carbon  dioxide  can  be 

removed  from  the  products,  leading  to  a  gaseous  mixture1  of  CH4,  FU,  and  CO, 
all  of  which  have  high  fuel  values: 
_                        conversion  purification 
Coal  +  steam   ►  complex  mixture   ► 

mixture  of  CH4,  FU,  CO  (syngas) 

Because  it  is  gaseous,  syngas  can  be  easily  transported  in  pipelines.  Additionally, 

because  much  of  the  sulfur  in  coal  is  removed  during  the  gasification  process,  com- 
bustion of  syngas  causes  less  air  pollution  than  burning  coal.  For  these  reasons,  the 

economical  conversion  of  coal  and  petroleum  into  "cleaner"  fuels  such  as  syngas 
and  hydrogen  is  a  very  active  area  of  current  research  in  chemistry  and  engineering. 

Other  Energy  Sources 

Nuclear  energy  is  energy  that  is  released  in  either  the  splitting  or  the  fusion 

(combining)  of  the  nuclei  of  atoms.  Nuclear  power  is  currentlv  used  to  pro- 

duce about  22",,  of  the  electric  power  in  the  United  States  and  comprises 
about  8%  of  the  total  U.S.  energy  production  (Figure  5.24).  Nuclear  energy  is, 
in  principle,  free  of  the  polluting  emissions  that  are  a  major  problem  in  the 

Renewable 

Natural  gas  (23.0%) 

▲  Figure  5.24   Sources  of  energy 
consumed  in  the  United  States.  In  2002  the 

United  States  consumed  a  total  of  1.0  ■  1 0 1 7  kJ 
of  energy. 
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J* 
CHEMISTRY  AT  VV(  )RK  I  The  Hybrid  Car 

The  hybrid  cars  now  entering  the  automobile  marketplace 
nicely  illustrate  the  convertibilit)  ol  energy  from  one  form 

to  another.  Hybrid  ears  run  on  either  gasoline  or  electricity. 

The  so-called  "full  hybrids"  are  cars  capable  of  running  on 
battery  power  alone  at  low  speeds  (Figure  5.25  ▼).  In  the  full 

▲  Figure  5.25  A  hybrid  car.  The  Ford  Escape  Hybrid  is  an  example  of  a 
hybrid  gasoline-electric  vehicle. 

hybrid  cars,  an  electrical  engine  is  capable  of  driving  the  car  at 

lower  speeds.  The  "mild  hybrid"  cars  are  best  described  as 
electrically  assisted  gasoline  engines. 

Full  hybrid  cars  are  more  efficient  than  the  mild  hybrid 
designs,  but  the  full  hybrids  are  more  costly  to  produce  and 
require  more  technological  advances  than  the  mild  hybrid 
versions.  The  mild  hybrids  are  likely  to  be  more  widely  pro- 

duced and  sold  within  the  next  several  years.  Let's  consider 
how  they  operate  and  some  of  the  interesting  thermodynam- 

ic considerations  thev  incorporate. 
Figure  5.26  ►  shows  a  schematic  diagram  of  the  power 

system  for  a  mild  hybrid  car.  In  addition  to  the  12-volt  bat- 
tery that  is  standard  on  conventional  autos,  the  hybrid  car 

carries  a  42-volt  battery  pack.  The  electrical  energy  from  this 
battery  pack  is  not  employed  to  move  the  car  directly;  an 
electrical  engine  capable  of  doing  that,  as  in  the  full  hybrids, 
requires  from  150  to  300  volts.  In  the  mild  hybrid  cars  the 
added  electrical  source  is  employed  to  run  various  auxiliary 
devices  that  would  otherwise  be  run  off  the  gasoline  engine, 
such  as  water  pump,  power  steering,  and  air  systems.  To 
save  on  energy,  when  the  hybrid  car  comes  to  a  stop,  the 
engine  shuts  off.  It  restarts  automatically  when  the  driver 

generation  of  energy  from  fossil  fuels.  However,  nuclear  power  plants  pro- 
duce radioactive  waste  products,  and  their  use  has  therefore  been  fraught 

with  controversy.  We  will  discuss  issues  related  to  the  production  of  nuclear 

energy  in  Chapter  21. 
Fossil  fuel  and  nuclear  energy  are  nonrenewable  sources  of  energy;  the 

fuels  used  are  limited  resources  that  we  are  consuming  at  a  much  greater  rate 

than  they  are  regenerated.  Eventually  these  fuels  will  be  expended,  although 
estimates  vary  greatly  as  to  when  this  will  occur.  Because  nonrenewable 
sources  of  energy  will  eventually  be  used  up,  there  is  a  great  deal  of  research 

into  sources  of  renewable  energy,  energy  sources  that  are  essentially  inex- 
haustible. Renewable  energy  sources  include  solar  energy  from  the  Sun,  wind 

energy  harnessed  by  windmills,  geothermal  energy  from  the  heat  stored  in  the 
mass  of  Earth,  hydroelectric  energy  from  flowing  rivers,  and  biomass  energy 

from  crops,  such  as  trees  and  corn,  and  from  biological  waste  matter.  Cur- 
rently, renewable  sources  provide  about  6.3%  of  the  U.S.  annual  energy  con- 

sumption, with  hydroelectric  (2.7%)  and  biomass  (3.5%)  sources  as  the  major 
contributors. 

Providing  our  future  energy  needs  will  most  certainly  depend  on  devel- 
oping the  technology  to  harness  solar  energy  with  greater  efficiency.  Solar  en- 

ergy is  the  world's  largest  energy  source.  On  a  clear  day  about  1  kj  of  solar 
energy  reaches  each  square  meter  of  Earth's  surface  every  second.  The  solar 
energy  that  falls  on  only  0.1%  of  U.S.  land  area  is  equivalent  to  all  the  energy 
that  this  nation  currently  uses.  Harnessing  this  energy  is  difficult  because  it  is 

dilute  (it  is  distributed  over  a  wide  area)  and  it  varies  with  time  of  da)'  and 
weather  conditions.  The  effective  use  of  solar  energy  will  depend  on  the 
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presses  the  accelerator.  This  feature  saves  fuel  thai  would 
otherwise  be  used  to  keep  the  engine  idling  .it  traffic  lights 
and  other  stopping  situations. 

The  idea  is  that  the  added  electrical  system  will  improve 

overall  fuel  efficiency  ol  the  car.  [Tie  added  battery,  more- 
over, is  not  supposed  to  need  recharging  from  an  external 

power  source.  When',  then,  can  the  improved  luel  efficiency 
come  from?  Clearly,  if  the  battery  pack  is  to  continue  to  oper- 

ate auxiliary  devices  such  as  the  water  pump,  it  must  be 
recharged.  We  can  think  ol  it  this  way:  The  source  ol  the  volt- 

age that  the  battery  develops  is  a  chemical  reaction.  Recharg- 
ing t he  battery  thus  represents  a  conversion  ol  mechanical 

energy  into  chemical  potential  energy.  The  recharging  occurs 
in  part  through  the  agency  of  an  alternator,  which  runs  off 
the  engine  and  provides  a  recharging  voltage.  In  the  mild  hy- 

brid car,  the  braking  system  serves  as  an  additional  source  of 

mechanical  energy  tor  recharging.  When  the  brakes  art'  ap- 

plied in  a  conventional  car,  the  car's  kinetic  energy  is  con- 
verted through  the  brake  pads  in  the  wheels  into  heat,  so  no 

useful  work  is  done.  In  the  hybrid  car,  some  of  the  car's  ki- 
netic energy  is  used  to  recharge  the  battery  when  the  brakes 

are  applied.  Thus,  kinetic  energy  th.it  would  otherw  ise  be 

dissipated  as  heat  is  partially  converted  into  useful  work. 

Overall,  the  mild  hybrid  cars  die  expected  to  yield  10-20",, 
improvements  in  fuel  econom)  as  compared  with  similar 
<  on\  entional  i  ars. 

Gasoline  engine 

42-volt  batter) 

pack 

I  ransmission Integrated  starter 

generator 

▲  Figure  5.26   Schematic  diagram  of  a  mild  hybrid  car.  The  42-volt 
battery  pack  provides  energy  for  operating  several  auxiliary  functions.  It  is 
recharged  from  the  engine  and  through  the  braking  system. 

development  of  some  means  of  storing  the  collected  energy  tor  use  at  a  later 

time.  Any  practical  means  tor  doing  this  will  almost  certainly  involve  use  of 
an  endothermic  chemical  process  that  can  be  later  reversed  to  release  heat. 
One  such  reaction  is  the  following: 

CH4(x)  +  H2Q(;S')  4  heat  CO(g)  +  3  H2(#) 

This  reaction  proceeds  in  the  forward  direction  at  high  temperatures,  which  can 
be  obtained  in  a  solar  furnace.  The  CO  and  1U  formed  in  the  reaction  could 

then  be  stored  and  allowed  to  react  later,  with  the  heat  released  being  put  to 
useful  work. 

A  survey  taken  about  20  years  ago  at  Walt  Disney's  EPCOT  Center  re- 
vealed that  nearly  30%  of  the  visitors  expected  that  solar  energy  would  be  the 

principal  source  of  energy  in  the  United  States  in  the  year  2000.  The  future  of 

solar  energy  has  proven  to  be  a  lot  like  the  Sun  itself:  big  and  bright  but  far- 
ther away  than  it  seems.  Nevertheless,  important  progress  has  been  made  in 

recent  years.  Perhaps  the  most  direct  way  to  make  use  of  the  Sun's  energy  is 
to  convert  it  directly  into  electricity  by  use  of  photovoltaic  devices,  sometimes 

called  solnr  cells.  The  efficiencies  of  solar  energy  conversion  by  use  of  such  de- 
vices have  increased  dramatically  during  the  past  few  years  as  a  result  of  in- 

tensive research  efforts.  Photovoltaics  are  vital  to  the  generation  of  power  for 

the  space  station.  More  significant  tor  our  Earth-bound  concerns,  the  unit 
costs  of  solar  panels  have  been  steadily  declining,  ev  en  as  their  efficiencies 
have  improved  dramatically.  Now  that  the  year  2000  has  come  and  gone, 

when  do  you  think  solar  energy  will  become  a  principal  source  of  energy  in 
the  United  States? 
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■H  SAMPLE  INTEGRATIVE  EXERCISE   |  Putting  Concepts  Together 

Trinitroglycerin,  C3Hn;N3Oq  (usually  referred  to  simply  as  nitroglycerin),  has  been 
widely  used  as  an  explosive.  Alfred  Nobel  used  it  to  make  dynamite  in  1866.  Rather 
surprisingly  it  also  is  used  as  a  medication,  to  relieve  angina  (chest  pains  resulting 
from  partially  blocked  arteries  to  the  heart)  by  dilating  the  blood  vessels.  The  enthalpy 
of  decomposition  at  1  atm  pressure  ot  trinitroglycerin  to  form  nitrogen  gas,  carbon 
dioxide  gas,  liquid  water,  ami  oxygen  gas  at  25  C  is  -1541.4  kj/mol.  (a)  Write  a  bal- 

anced chemical  equation  for  the  decomposition  of  trinitroglycerin.  (b)  Calculate  the 
standard  heat  of  formation  of  trinitroglycerin.  (c)  A  standard  dose  of  trinitroglycerin 
for  relief  of  angina  is  0.60  mg.  Assuming  that  the  sample  is  eventually  oxidized  in  the 
body  (nyt  explosively,  though!)  to  nitrogen  gas,  carbon  dioxide  gas,  and  liquid  water, 
what  number  of  calories  is  released?  (d)  One  common  form  of  trinitroglycerin  melts  at 

about  3°C.  From  this  information  and  the  formula  for  the  substance,  would  you  expect 
it  to  be  a  molecular  or  ionic  compound?  Explain,  (e)  Describe  the  various  conversions 
of  forms  of  energy  when  trinitroglycerin  is  used  as  an  explosive  to  break  rockfaces  in 
highway  construction. 

Solution  (a)  The  general  form  of  the  equation  we  must  balance  is 

C,HSNA,(/)   »  N2(g)  +  C02{g)  +  H20(/)  +  02(g) 

We  go  about  balancing  in  the  usual  way.  To  obtain  an  even  number  of  nitrogen 
atoms  on  the  left,  we  multiply  the  formula  for  C3HsN3Oy(s)  by  2.  This  then  gives  us 
3  mol  ofN2(g),  6  mol  of  C02(g)  and  5  mol  of  H20(/).  Everything  is  balanced  except 
for  oxygen.  We  have  an  odd  number  of  oxygen  atoms  on  the  right.  We  can  balance 
the  oxygen  by  adding  \  mol  of  02(g)  on  the  right: 

2C,HSN.CV/) 3  N2(x)  +  6  CQ2(g)  +  5  H20(/)  +  \  02(g) 

We  multiply  through  by  2  to  convert  all  coefficients  to  whole  numbers: 

4C3H5N309(/)   >6N2(g)  +  12C02(£)  +  10  H20(/)  +  02(g) 

(At  the  temperature  of  the  explosion,  water  is  a  gas.  It  is  the  rapid  expansion  of  the 
gaseous  products  that  creates  the  force  of  an  explosion.) 

(b)  The  heat  of  formation  is  the  enthalpy  change  in  the  balanced  chemical  equation: 

3  C(s)  +  I  N2(g)  +  \  H2(g)  +  I  02(g) 
C3H5N304(/)       A/-/  j 

We  can  obtain  the  value  of  AH°  by  using  the  equation  for  the  heat  of  decomposition 
of  trinitroglycerin: 

4C^H,N^A,(/) 6  N2(tf)  +  12  C02(g)  +  10  H2Q(/)  +  02(g) 

The  enthalpy  change  in  this  reaction  is  4(  — 1541.4  kj)  =  -6155.6  kj.  [We  need  to  multi- 
ply by  4  because  there  are  4  mol  of  C3H5N309(/)  in  the  balanced  equation.]  This  en- 

thalpy change  is  given  by  the  sum  of  the  heats  of  formation  of  the  products  minus  the 
heats  of  formation  of  the  reactants,  each  multiplied  by  its  coefficient  in  the  balanced 

equation: 

-6155.6  kj  =  {6AH°f[N2(g)]  +  12AH/[C02(g)]  +  10AH°[H2O(/)]  +  AH°[02(g)]} 
-  4AH?[C3H5N309(/)]. 

The  AH°  values  for  N2(g)  and  0->($)  are  zero,  by  definition.  We  look  up  the  values  for 
H20(/)  and  C02(x)  from  Table  5.3  and  find  that 

-6155.6  kj  =  12(-393.5kJ)  +  10(-285.8kJ)  -  4AH°(C3H5N309(/)) 

AH/(C3H5N309(/))  =  -353.6  kj/mol 
(c)  We  know  that  on  oxidation  1  mol  of  C3HsN3Oq(/)  yields  1541.4  kj.  We  need  to 

calculate  the  number  of  moles  of  C3H^N3Ol)(/)  in  0.60  mg: 

1  mol  CH^NAi  W       1541.4  kj 
0.60  X  lO^gCHsNhO,, 227  g  QHsNhOc,  /  V  1  mol  C3H3N30 

4.1  X  10~3  kj 

=  4.1  J 
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(d)  Because  trinitrnglycerin  molts  below  room  temperature,  we  expect  that  it  is  a 
molecular  compound.  With  few  exceptions,  ionic  substances  are  generally  hard,  crys- 

talline materials  that  melt  at  high  temperatures.  Also,  the 
molecular  formula  suggests  that  it  is  likely  to  be  a  molecular  substance.  All  the  ele- 

ments of  which  it  is  composed  are  nonmetals. 
(e)  The  energy  stored  in  trinitroglycerin  is  chemical  potential  energy.  When  the 

substance  reacts  explosively,  it  forms  substances  such  as  carbon  dioxide,  water,  and 
nitrogen  gas,  which  are  of  lower  potential  energy.  In  the  course  of  the  chemical  trans- 

formation, energy  is  released  in  the  form  of  heat;  the  gaseous  reaction  products  are 
very  hot.  This  very  high  heat  energy  is  transferred  to  the  surroundings;  the  gases  ex- 

pand against  the  surroundings,  which  may  be  solid  materials.  Work  is  done  in  mov- 
ing the  solid  materials  and  imparting  kinetic  energy  to  them.  1-or  example,  a  chunk  of 

rock  might  be  impelled  upward.  It  has  been  given  kinetic  energy  by  transfer  of  ener- 
gy from  the  hot,  expanding  gases.  As  the  rock  rises,  its  kinetic  energy  is  transformed 

into  potential  energy.  Eventually,  it  again  acquires  kinetic  energy  as  it  falls  to  Earth. 
When  it  strikes  Earth,  its  kinetic  energy  is  converted  largely  to  thermal  energy, 
though  some  work  may  be  done  on  the  surroundings  as  well. 

SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  5.1    Thermodynamics  is  the 

study  of  energy  and  its  transformations.  In  this  chapter  we 
have  focused  on  thermochemistry,  the  transformations  of 

energy — especially  heat — during  chemical  reactions. 
An  object  can  possess  energy  in  two  forms:  Kinetic 

energy  is  the  energy  due  to  motion  of  the  object,  and 
potential  energy  is  the  energy  that  an  object  possesses  by 
virtue  of  its  position  relative  to  other  objects.  An  electron 
in  motion  near  a  proton,  for  example,  has  kinetic  energy 

because  of  its  motion  and  potential  energy  because  of  its 
electrostatic  attraction  to  the  proton.  The  SI  unit  of  energy  is 

the  joule  (J):  1  J  =  1  kg-irr/s~.  Another  common  energy 
unit  is  the  calorie  (cal),  which  was  originally  defined  as 

the  quantity  of  energy  necessary  to  increase  the  tempera- 

ture of  1  g  of  water  by  1"C:  1  cal  -  4.1S4  j. 
When  we  study  thermodynamic  properties,  we  de- 
fine a  specific  amount  of  matter  as  the  system.  I  very- 

thing  outside  the  system  is  the  surroundings.  When  we 

study  a  chemical  reaction,  the  system  is  generally  the  re- 
actants  and  products.  A  closed  system  can  exchange  ener- 

gy, but  not  matter,  with  the  surroundings.  Energy  can  be 
transferred  between  the  system  and  the  surroundings  as 
work  or  heat.  Work  is  the  energy  expended  to  move  an 

object  against  a  force.  Heat  is  the  energy  that  is  trans- 
ferred from  a  hotter  object  to  a  colder  one.  Energy  is  the 

capacity  to  do  work  or  to  transfer  heat. 

Section  5.2  The  internal  energy  of  a  system  is  the  sum 
of  all  the  kinetic  and  potential  energies  of  its  component 
parts.  The  internal  energy  of  a  system  can  change  because 

of  energy  transferred  between  the  system  and  the  sur- 
roundings. The  first  law  of  thermodynamics  states  that 

the  change  in  the  internal  energy  of  a  system,  AT,  is  the 
sum  of  the  heat,  q,  transferred  into  or  out  of  the  system 

and  the  work,  wr  done  on  or  by  the  system:  AE  =  q  +  w. 
Both  q  and  w  have  a  sign  that  indicates  the  direction  of 

energy  transfer.  When  heat  is  transferred  from  the  sur- 

roundings to  the  system,  q  >  0.  Likewise,  when  the 
surroundings  do  work  on  the  system,  w  0.  In  an 
endothermic  process  the  system  absorbs  heat  from  the 

surroundings;  in  an  exothermic  process  the  system  re- 
leases heat  to  the  surroundings. 

The  internal  energy,  £,  is  a  state  function.  The  value 

of  any  state  function  depends  only  on  the  state  or  condi- 
tion of  the  system  and  not  on  the  details  ot  how  it  came  to 

be  in  that  state.  The  heat,  q,  and  the  work,  re,  are  not  state 
functions;  their  values  depend  on  the  particular  way  in 

which  a  system  changes  its  state. 

Sections  5.3  and  5.4  When  a  gas  is  produced  or  con- 
sumed in  a  chemical  reaction  occurring  at  constant  pres- 

sure, the  system  may  perform  pressure-volume  (P-V) 
work  against  the  prevailing  pressure.  For  this  reason,  we 
define  a  new  state  function  called  enthalpy,  //,  which  is 

related  to  energy:  H  =  £  +  PV.  In  systems  where  only 
pressure-volume  work  that  is  due  to  gases  is  involved, 
the  change  in  the  enthalpy  of  a  system,  A//,  equals  the 
heat  gained  or  lost  by  the  system  at  constant  pressure, 

AH  =  <//..  For  an  endothermic  process,  A//  0;  tor  an 
exothermic  process,  A//  <  0. 

Every  substance  has  a  characteristic  enthalpy.  In  a 

chemical  process,  the  enthalpy  of  reaction  is  the  en- 
thalpy of  the  products  minus  the  enthalpy  of  the  reac- 

tants:  AHrxn  =  H  (products)  -  H  (reactants).  Enthalpies 
of  reaction  follow  some  simple  rules:  (1)1  he  enthalpy  ol 

reaction  is  proportional  to  the  amount  of  reactant  that  re- 
acts. (2)  Reversing  a  reaction  changes  the  sign  ol  A// 

(3)  The  enthalpy  of  reaction  depends  on  the  ph 
states  of  the  reactants  and  products. 

Section  5.5    The  amount  of  heat  trans! 

the  system  and  the  surroundings  is  meas  red  experi- 
mentally by  calorimetry.  A  calorimeter  measures  the 

temperature  change  accompany  ing  a  proce:      I  he  tem- 
perature change  of  a  calorimeter  depends  on  its  heat 
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capacity,  the  amount  of  heat  required  to  raise  its  tem- 
perature by  1  K.  The  heat  capacity  for  one  mole  of  a  pure 

substance  is  called  its  molar  heat  capacity;  for  one  gram 
of  the  substance,  we  use  the  term  specific  heat.  Water 

has  a  very  high  specific  heat,  4. 1  s  I  g-K.  The  amount  ol 
heat,  q,  absorbed  by  a  substance  is  the  product  of  its  spe- 

cific heat  (s),  its  mass,  and  its  temperature  change: 

q  =  s  x  m  x  AT. 
If  a  calorimerry  experiment  is  carried  out  under  a 

constant  pressure,  the  heat  transferred  provides  a  direct 

measure  of  the  enthalpy  change  of  the  reaction.  Constant- 
volume  calorimerry  is  carried  out  in  a  vessel  of  fixed  vol- 

ume called  a  bomb  calorimeter.  Bomb  calorimeters  are 
used  to  measure  the  heat  evolved  in  combustion  reactions. 

The  heat  transferred  under  constant-volume  conditions  is 

equal  to  AE.  However,  corrections  can  be  applied  to  AE 
values  to  yield  enthalpies  of  combustion. 

Section  5.6  Because  enthalpy  is  a  state  function,  AH  de- 
pends only  on  the  initial  and  final  states  of  the  system. 

Thus,  the  enthalpy  change  of  a  process  is  the  same 
whether  the  process  is  carried  out  in  one  step  or  in  a  series 

of  steps.  Hess's  law  states  that  if  a  reaction  is  carried  out 
in  a  series  of  steps,  AH  for  the  reaction  will  be  equal  to  the 

sum  of  the  enthalpy  changes  for  the  steps.  We  can  there- 
fore calculate  AH  for  any  process,  as  long  as  we  can  write 

the  process  as  a  series  of  steps  for  which  AH  is  known. 

Section  5.7  The  enthalpy  of  formation,  AHf ,  of  a  sub- 
stance is  the  enthalpy  change  for  the  reaction  in  w  hich  the 

substance   is   formed    from   its   constituent  elements. 

The  standard  enthalpy  change  ot  a  reaction,  A//  ,  is  the 

enthalpy  change  when  all  reactants  and  products  are  at 
1  atm  pressure  and  a  specific  temperature,  usually  298  K 

(25°  C).  Combining  these  ideas,  the  standard  enthalpy  of 
formation,  AH?,  of  a  substance  is  the  change  in  enthalpy 
for  the  reaction  that  forms  one  mole  of  the  substance  from 
its  elements  in  their  most  stable  form  with  all  reactants 

and  products  at  1  atm  pressure  and  usually  298  K.  For 
any  element  in  its  most  stable  state  at  298  K  and  I  atm 

pressure,  AH?  =  0.  The  standard  enthalpy  change  for 
any  reaction  can  be  readily  calculated  from  the  standard 
enthalpies  of  formation  of  the  reactants  and  products  in 
the  reaction: 

AH^„  =  V  n  AH  "(products)  -  ]x  mAH?(reactants) 

Section  5.8  I  he  fuel  value  of  a  substance  is  the  heat  re- 

leased when  one  gram  of  the  substance  is  combusted.  Dif- 
ferent types  of  foods  have  different  fuel  values  and 

differing  abilities  to  be  stored  in  the  body.  The  most  com- 
mon fuels  are  hydrocarbons  that  are  found  as  fossil  fuels, 

such  as  natural  gas,  petroleum,  and  coal.  Coal  is  the  most 
abundant  fossil  fuel,  but  the  sulfur  present  in  most  coals 
causes  air  pollution.  Coal  gasification  is  one  possible  way 
to  use  existing  resources  as  sources  of  cleaner  energy  in  the 
future.  Sources  of  renewable  energy  include  solar  energy, 

wind  energy  biomass,  and  hydroelectric  energy.  Nuclear 
power  does  not  utilize  fossil  fuels  but  does  create  serious 
waste-disposal  problems. 

VISUALIZING  CONCEPTS 

5.1  Imagine  a  bonk  that  is  falling  from  a  shelf.  At  a  particular 
moment  during  its  fall,  it  has  a  kinetic  energy  of  13  I  and 
a  potential  energy  with  respect  to  the  floor  of  72  J.  How 
do  its  kinetic  energy  and  its  potential  energy  change  as  it 
continues  to  fall?  What  is  its  total  kinetic  energy  at  the  in- 

stant just  before  it  strikes  the  floor?  [Section  5.1] 
5.2  C  onsider  the  energy  diagram  shown  below,  (a)  Does  this 

diagram  represent  an  increase  or  decrease  in  the  internal 
energ)  of  the  system?  (b)  What  sign  is  given  to  AE  for  this 

process1  (c)  If  there  is  no  work  associated  with  the 
.  is  it  exothermic  or  endothermic?  [Section  5.2] 

Products 

L 
Reactants 

5.3  The  contents  of  the  closed  box  in  each  of  the  following 
illustrations  represent  a  system,  and  the  arrows  show 
the  changes  to  the  system  during  some  process.  The 
lengths  of  the  arrows  represent  the  relative  magnitudes 
of  (/  and  re.  (a)  Which  of  these  processes  is  endothermic? 
(b)  For  which  of  these  processes,  if  any,  is  AE  <  0? 

(c)  For  which  process,  if  any,  is  there  a  net  gain  in  inter- 
nal energy?  [Section  5.2] 

(i) (ii) 

5.4  Imagine  that  you  are  climbing  a  mountain,  (a)  Is  the  distan- 
ce you  trawl  to  the  top  a  state  function?  Why  or  why  not? 

(b)  Is  the  change  in  elevation  between  your  base  camp  and 
the  peak  a  state  function?  Why  or  why  not?  [Section  5.2] 
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5.5  In  the  cylinder  diagrammed  below,  a  chemical  process  oc- 
curs at  constant  temperature  and  pressure.  Is  the  sign  of  w 

indicated  by  this  change  positive  or  negative?  It  the 
process  is  endothermic,  does  the  internal  energy  of  the 
system  within  the  cylinder  increase  or  decrease  during  the 
change?  Is  A/  positive  or  negative?  [Sections  5.2  and  5.3] 

P  P 

5.6  Imagine  a  container  placed  in  a  tub  ot  water,  as  depicted 
in  the  following  diagram,  (a)  If  the  contents  of  the  con- 

tainer are  the  system  and  heat  is  able  to  How  through 
the  container  walls,  what  qualitative  changes  will  occur 

in  the  temperatures  of  the  system  and  in  its  surround- 
ings? What  is  the  sign  of  q  associated  with  each  change? 

From  the  system's  perspective,  is  the  process  exother- mic or  endothermic?  (b)  If  neither  the  volume  nor  the 

pressure  of  the  system  changes  during  the  process,  how  is 
the  change  in  internal  energy  related  to  the  change  in  en- 

thalpy? [Sections  5.2  and  5.3] 

350  K     290  K 

EXERCISES 

The  Nature  of  Energy 

5.9  In  what  two  ways  can  an  object  possess  energy?  How  do 
these  two  ways  differ  from  one  another? 

5.10  Suppose  vou  toss  a  tennis  ball  upward,  (a)  Does  the 
kinetic  energy  of  the  ball  increase  or  decrease  as  it 

moves  higher?  (b)  What  happens  to  the  potential  ener- 

gy of  the  ball  as  it  moves  higher?  (c)  It  the  same 
amount  of  energy  were  imparted  to  a  ball  the  same 
size  as  a  tennis  ball,  but  of  twice  the  mass,  how  high 
would  it  go  in  comparison  to  the  tennis  hall?  Explain 
your  answers. 

5.11  (a)  Calculate  the  kinetic  energy  in  joules  of  a  45-g  golf 
ball  moving  at  61  m/s.  (b)  Convert  this  energy  to  calo- 

ries, (c)  What  happens  to  this  energy  when  the  ball 
lands  in  a  sand  trap? 

5.7  A  gas-phase  reaction  was  run  in  an  apparatus  designed  t 
maintain  a  constant  pressure,  (a)  Write  a  balanced  chemi 
cal  equation  for  the  reaction  depicted,  and  predii  I 
whether  w  is  positive,  negative,  or  zero,  (b)  Using  data 

from  Appendix  C,  determine  A//  for  the  formation  ol  one 
mole  of  the  product.  Why  is  this  enthalpy  change  called 
the  enthalpy  of  formation  ot  the  involved  product? 
[Sections  5.3  and  5.7] 

P  P 

5.8  Consider  the  two  diagrams  below,  (a)  Based  on  (;),  write 
an  equation  showing  how  A//\  is  related  to  A//|;  and 
A/ /(  I  low  do  both  diagram  (/)  and  your  equation  relate 
to  the  fact  that  enthalpy  is  a  state  function?  (b)  Based  on 
(//),  write  an  equation  relating  A/  //  to  the  other  enthalpj 

changes  in  the  diagram.  How  does  diagram  (/'/')  relate  to Hess's  law?  [Section  5.6] 

4 
 Y 

c 

A 

B 

(i)  (ii) 

5.12  (a)  What  is  the  kinetic  energy  in  joules  ol  a  950-lb  motor- 
cycle moving  at  6<S  mph?  (b)  By  what  factor  will  the  ki 

netic  energy  change  it  the  speed  of  the  motorcycle  is 
decreased  to  34  mph?  (c)  Where  does  the  kinetic  energv 

of  the  motorcycle  go  when  the  rider  brakes  to  a  stop1 

5.13  In  much  engineering  work  it  is  common  to  use  the 
British  thermal  unit  (Btu).  A  Btu  is  (he  amount  ol  heal 

required  to  raise  the  temperature  ol  1  lb  ol  w  .iter  b 
Calculate  the  number  of  joules  in  a  Btu. 

5.14  A  watt  is  a  measure  ot  power  (tin-  rate  ol  i 
equal  to  IJ/s.  (a)Calculate  the  number  ol  joules  in  a 
kilowatt-hour,  (b)  An  adult  person  radiates 

roundings  at  about  the  same  rate  as  a  100  wall  electric  in- 
candescent lightbulb.  What  is  the  total  amount  ol  energv  in 

kcal  radiated  to  the  surroundings  bv  an  adult  in  24  hours? 
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5.15  Describe  the  source  of  the  energy  and  the  nature  of  the 

energy  conversions  involved  w  hen  a  100-watt  electric 
lightbulb  radiates  energy  to  its  surroundings.  Compare 
this  with  the  energy  source  and  energy  conversions 
involved  when  an  adult  person  radiates  energy  to  the 
surroundings. 

5.16  Suppose  that  a  pellet  is  shot  from  an  air  gun  straight  up 
into  the  air.  Why  does  the  pellet  eventually  stop  rising 
and  tall  back  to  Earth,  rather  than  simplv  mov  ing  out 
into  space?  In  prim  iple,  could  the  pellet  ever  move  on 

out  into  space1 

5.17  (a)  What  is  meant  by  the  term  system  in  thermodynam- 
ics? (b)  What  is  a  closed  system? 

5.18  In  a  thermodynamic  study  a  scientist  focuses  on  the 
properties  ot  a  solution  in  an  apparatus  as  illustrated.  A 
solution  is  continuously  flowing  into  the  apparatus  at 
the  top  and  out  at  the  bottom,  such  that  the  amount  ot 
solution  in  the  apparatus  is  constant  with  time,  (a)  Is  the 
solution  in  the  apparatus  a  closed  system?  Why  or  why 
not1  (b)  If  it  is  not  a  closed  system,  what  could  be  done 
to  make  it  a  closed  system? 

In 

Out 

5.19  (a)  What  is  work?  (b)  1  low  do  we  determine  the  amount 

of  work  done,  given  the  force  associated  with  the  work? 
5.20  (a)  What  is  heat?  (b)  Under  what  conditions  is  heat 

transferred  from  one  object  to  another? 

5.21  Identify  the  force  present,  and  explain  whether  work  is 
being  performed  in  the  following  cases:  (a)  You  lift  a 
pencil  off  the  top  of  a  desk,  (b)  A  spring  is  compressed 
to  half  its  normal  length. 

5.22  Identify  the  force  present,  and  explain  whether  work  is 
done  when  (a)  a  positively  charged  particle  moves  in  a 
circle  at  a  fixed  distance  from  a  negatively  charged  par- 

ticle; (b)  an  iron  nail  is  pulled  off  a  magnet. 

I 

The  First  Law  of  Thermodynamics 

5.23  (a)  State  the  first  law  of  thermodynamics,  (b)  What  is 

meant  by  the  internal  energy  of  a  system?  (c)  By  what 
means  can  the  internal  energy  of  a  system  increase? 

5.24  (a)  Write  an  equation  that  expresses  the  first  law  of  ther- 
modynamics, (b)  Under  what  conditions  will  the  quan- 

tities i/  and  w  be  negative  numbers? 

^.ZS  Calculate  AE,  and  determine  whether  the  process  is  en- 
dothermic  or  exothermic  for  the  following  cases:  (a)  A 
system  absorbs  85  kj  of  heat  from  its  surroundings 

while  doing  2C>  kj  of  work  on  the  surroundings; 
(b)  i/  =  1.50  kj  and  w  =  —657  J;  (c)  the  system  releases 
^7.5  kj  of  heat  while  doing  13.5  kj  of  work  on  the 
surroundings. 

5.26  For  the  following  processes,  calculate  the  change  in  in- 
ternal energy  of  the  system  and  determine  whether  the 

pu  n  ess  is  endothermic  or  exothermic:  (a)  A  balloon  is 

heated  b\  adding  L>00  J  of  heat.  It  expands,  doing  422  J  of 
work  on  the  atmosphere,  (b)  A  50-g  sample  of  water  is 

cooled  from  30'  C  to  15  C,  thereby  losing  approximately 
3140  |  ol  heat,  (c)  A  chemical  reaction  releases  8.65  kj  of 
heat  and         no  work  on  the  surroundings. 

5.27  A  gas  is  coi  ned  to  a  cy  linder  fitted  with  a  piston  and 

an  electrical  heater,  .is  shown  in  the  accompanying  illus- 
tration. Supposi    lat  current  is  supplied  to  the  heater  so 

that  100  I  of  energy  is  added.  Consider  two  different  sit- 
uations. In  case  (1 )  the  piston  is  allowed  to  move  as  the 

energy  is  added.  In  case  (2)  the  piston  is  fixed  so  that  it 
cannot  move,  (a)  In  which  case  does  the  gas  have  the 

higher  temperature  after  addition  of  the  electrical  ener- 
gy? Explain,  (b)  What  can  you  say  about  the  values  of  q 

and  w  in  each  of  these  cases?  (c)  What  can  you  say  about 
the  relativ  e  values  of  AE  for  the  system  (the  gas  in  the 
cylinder)  in  the  two  cases? 

o  o 
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5.28  Consider  a  system  consisting  of  two  oppositely  charged 
spheres  hanging  by  strings  and  separated  by  a  distance 
r\,  as  shown  in  the  accompanying  illustration.  Suppose 
they  arc  separated  to  .1  larger  distance  r2,  by  moving 
them  apart  along  a  track,  (a)  What  change,  if  any,  lias  oc- 

curred in  the  potential  energy  of  the  system?  (b)  What 
effect,  if  any,  does  this  process  have  on  the  value  of  AE? 
(c)  What  can  you  say  about  1/  and  w  for  this  process? r2 

Enthalpy 

5.31  (a)  Why  is  the  change  in  enthalpy  usually  easier  to  mea- 
sure than  the  change  in  internal  energy?  (b)  For  a  given 

process  at  constant  pressure,  A//  is  negative.  Is  the 

process  endothermic  or  exothermic 1 
5.32  (a)  Under  what  condition  will  the  enthalpy  (  hange  of  a 

process  equal  the  amount  of  heat  transferred  into  or 

out  of  the  system?  (a)  During  a  constant-pressure 
process  the  system  absorbs  heat  from  the  surround- 

ings. Does  the  enthalpy  of  the  system  increase  or 

decrease  during  the  process1 
5.33  The  complete  combustion  of  acetic  acid,  I  IC:I  I^Cty/),  to 

form  H20(/)  and  C02(g)  at  constant  pressure  releases 
S7I.7  kj  of  heat  per  mole  of  HC2H302.  (a)  Write  a  bal- 

anced thermochemical  equation  for  this  reaction, 
(b)  Draw  an  enthalpy  diagram  tor  the  reaction. 

5.34  The  decomposition  oi  zinc  carbonate,  ZnCO^s),  into 

zinc  oxide,  ZnO(s),  and  C02(#)  at  constant  pressure  re- 
quires the  addition  of  71.5  M  of  heat  per  mole  of  ZnCOv 

(a)  Write  a  balanced  thermochemical  equation  for  the  re- 
action, (b)  Draw  an  enthalpy  diagram  for  the  reaction. 

5.35  Consider  the  following  reaction,  which  occurs  at  room 
temperature  and  pressure: 

2C\{g)   ►Cl2(g)      AH  =  -243.4 kj 

Which  has  the  higher  enthalpy  under  these  conditions, 

2  Cl(g)  or  Cl2(g)?  ' 5.36  Without  referring  to  tables,  predict  which  of  the  follow- 
ing has  the  higher  enthalpy  in  each  case:  (a)  I  mol  C02(s) 

or  1  mol  C02(g)  at  the  same  temperature,  (b)  2  mol  of  hy- 
drogen atoms  or  1  mol  of  1 12,  (c)  I  mol  H2(g)  and  0.5  mol 

02(g)  at  25  C  or  1  mol  H20(x)  at  2^  C,  (d)  I  mol  N2(tf)  at 

100°Cor  1  mol  N2(g)at  300  C. 
5.37  Consider  the  following  reaction: 

2  Mg(s)  +  Oz(g)   ►  2  MgO(s)      Ml        1204  kj 

5.29  (a)  What  is  meant  by  the  term  s/rt/c  function''  (bK,i\t 
an  example  of  a  quantit)  thai  is  a  state  function  and 
one  that  is  not.  (c)  Is  work  a  state  function1  \\  hv  or 

why  not? 
5.30  Indicate  which  of  the  following  is  independent  of  flu- 

path  by  which  a  change  occurs:  (a)  the  change  in  poten- 
tial energy  when  a  book  is  transferred  from  table  to 

shelf,  (b)  the  heat  evolved  when  a  cube  ol  sugar  is  oxi- 
dized to  C02(tf)  and  H2C%),  (c)  the  w  ork  accomplished 

in  burning  a  gallon  of  gasoline. 

(a)  Is  this  reaction  exothermic  or  endothermic1  (b)  C  al- 
culate  the  amount  of  heat  transferred  when  2.4  g  of 
Mg(s)  reliefs  at  constant  pressure,  (c)  How  many  grams 
of  MgO  are  produced  during  an  enthalpy  change  ol 

-96.0  kl1  (d)  I  low  many  kilojoules  of  heat  are  absorbed 
when  7.50  g  of  MgO(s)  is  decomposed  into  Mg(s)  and 

02(\ )  at  i  onsfant  pressure1 5.38  Consider  the  following  reaction: 

CH3OH(£)   'CO(x)  +  2H2(,v)      AH  =  +90.7  kj 
(a)  Is  heat  absorbed  or  evolved  in  the  course  of  this  reac- 

tion? (b)  Calculate  the  amount  of  heat  transferred  w  hen 

45.0  g  of  CH-,OH(iS')  is  decomposed  by  this  reaction  at  con- 
stant pressure,  (c)  For  a  given  sample  of  CI  I  ,01 1,  the  en- 

thalpy change  on  reaction  is  18.5  k|.  I  low  many  grams  of 

hydrogen  gas  are  produced1  (d)  What  is  the  value  ol  A// 
for  the  reverse  of  the  previous  reaction1  How  main  kilo- 
joules  ol  heat  are  released  when  27.0  g  of  CCHv)  reacts  com- 

pletely with  H2(g)  to  form  CI  I ;( )I       at  constant  pressure1 
5.39  When  solutions  containing  silver  ions  and  chloride  ions 

are  mixed,  silver  chloride  precipitates: 

Ag  (</</)  •  CI  (aq)   'AgCI(s)      A//       65.5  kj 
(a) Calculate  A//  for  formation  of  0.200  mol  of  Ag(  I  b\ 
this  reaction,  (b)  C  ale  ulate  A/  /  for  the  formation  of  2.50  g 

of  AgCI.  (c)  Calculate  A/  /  when  0.150  mmol  of  Ag(  I  dis- solves in  water. 

5.40  At  one  time,  a  common  me, ins  of  forming  small  quanti- 
ties of  oxygen  gas  in  the  laboratory  was  to  heal  kC  IO  ,: 

2KClCh(s)   -2KCl(s)  f  302(tf)       A//        89.4  kj 

For  this  reaction,  calculate  A//  for  the  formation  ol 

(a)  0.855  mol  of  02  and  (b)  10.75  g  ol  kc  I  (c)  I  he  de- 
composition of  KClCh  proceeds  spontaneous^  wh 

is  heated.  Do  you  think  that  the  reverse  rea<  lion,  the  for- 
mation of  KCIO3  from  KC  I  and  ( )2,  is  likely  to  be  Icasible 

under  ordinary  conditions1  Explain  your  answer. 
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5.41  You  are  given  AH  for  a  process  that  occurs  at  constant 
pressure.  What  additional  information  is  needed  to  de- 

termine AE  for  the  process? 

5.42  Suppose  that  the  gas-phase  reaction  2  NO(£)  +  02(g)  - 
2  N02(^T),  were  carried  out  in  a  constant-v  olume  container 
at  constant  temperature.  Would  the  measured  heat  change 

represent  AH  or  AE?  If  there  is  a  difference,  which  quanti- 
ty is  larger  for  this  reaction?  Explain. 

5.43  A  gas  is  confined  to  a  cylinder  under  constant  atmos- 
pheric pressure,  as  illustrated  in  Figure  5.3.  When  the 

gas  undergoes  a  particular  chemical  reaction,  it  releases 

79  kj  of  heat  to  its  surroundings  and  does  IN  k|  of  /'-V 
work  on  its  surroundings.  What  are  the  values  of  AH 
and  AE  for  this  process? 

5.44  A  gas  is  confined  to  a  cylinder  under  constant  atmos- 
pheric pressure,  as  illustrated  in  Figure  5.3.  When  418  J 

of  heat  is  added  to  the  gas,  it  expands  and  does  107  J  of 
work  on  the  surroundings.  What  are  the  values  of  AE/ 
and  AE  for  this  process? 

5.45  Consider  the  combustion  of  liquid  methanol,  CFhOH(/): 

CH3OH(/)  +  I  02(g)   ►  C02(g)  +  2  HzO(/) 
AE/  =  -726.5  kj 

Calorimetry 

5.47  (a)  What  are  the  units  of  heat  capacity?  (b)  What  are  the 
units  of  specific  heat?  (c)  If  you  know  the  specific  heat  of 

copper,  what  additional  information  do  you  need  to  calcu- 
late the  heat  capacity  of  a  particular  piece  of  copper  pipe? 

5.48  Two  solid  objects,  A  and  B,  are  placed  in  boiling  water  and 
allowed  to  come  to  temperature  there.  Each  is  then  lifted 
out  and  placed  in  separate  beakers  containing  1000  g 

water  at  10.0°C.  Object  A  increases  the  water  temperature 
by  3.50  C;  B  increases  the  water  temperature  by  2.60  C. 
(a)  Which  object  has  the  larger  heat  capacity?  (b)  What  can 
you  say  about  the  specific  heats  of  A  and  B? 

5.4C)  (a)  What  is  the  specific  heat  of  liquid  water?  (b)  What  is 
the  molar  heat  capacity  of  liquid  water?  (c)  What  is  the 
heat  capacity  of  185  g  of  liquid  water?  (d)  How  many  k] 
of  heat  are  needed  to  raise  the  temperature  of  10.00  kg  of 

liquid  water  from  24.6°C  to  46.2°C? 
5.50  (a)  Which  substance  in  Table  5.2  requires  the  smallest 

amount  of  energy  to  increase  the  temperature  of  50.0  g 
of  Hut  substance  bv  10  K?  (b)  Calculate  the  energy 
needed  for  this  temperature  change. 

5.51  The  spe  ifii  heat  of  iron  metal  is  0.450  J/g-K.  How  many 
J  of  heat  necessary  to  raise  the  temperature  of  a  1.05- 
kg  block  ol  iron  from  25.0°C  to  88.5°C? 

5.52  The  specifii  heat  of  ethylene  glycol  is  2.42  J  g-K.  How 
many  |  of  I  :  are  needed  to  raise  the  temperature  of 

62.0  g  ol  eth)    ne  glycol  from  15.2  C  to  40.8°C? 
5.53  When  a  t>.55-  mple  of  solid  sodium  hydroxide  dis- 

solves in  100.1  ol  water  in  a  coffee-cup  calorimeter 

(Figure  5.18),  the  mperature  rises  from  23.6°C  to  47.4°C 
Calculate  A//  (in       nol  NaOH)  for  the  solution  process 

NaOH(s        •  Na  '(<?,/)  +  OH  (aq) 

(a)  What  is  the  enthalpy  change  for  the  reverse  reaction? 
(b)  Balance  the  forward  reaction  with  whole-number  co- 

efficients. What  is  AE/  for  the  reaction  represented  by 

this  equation?  (c)  Which  is  more  likely  to  be  thermody- 
namically  favored,  the  forward  reaction  or  the  reverse 
reaction?  (d)  It  the  reaction  were  written  to  produce 

H20(g)  instead  of  H20(/),  would  you  expect  the  magni- 
tude ol  A//  to  increase,  decrease,  or  stay  the  same? 

Explain. 5.46  Consider  the  decomposition  of  liquid  benzene,  C(>H,,(/), 
to  gaseous  acetylene,  C2H2(g): 

C„IU/)   -3C2H2(g)      AH  -  +630 kj 

(a)  What  is  the  enthalpy  change  for  the  reverse  reaction? 
(b)  W  hat  is  A//  for  the  formation  of  1  mol  of  acetylene? 

(c)  Which  is  more  likely  to  be  thermodynamically  fa- 
wired,  the  forward  reaction  or  the  reverse  reaction? 

(d)  If  ChHh(;s')  were  consumed  instead  of  QJT^/),  would 
you  expect  the  magnitude  of  AH  to  increase,  decrease, 
or  stay  the  same?  Explain. 

Assume  that  the  specific  heat  of  the  solution  is  the  same 
as  that  of  pure  water. 

5.54  (a)  When  a  3.88-g  sample  of  solid  ammonium  nitrate 
dissolves  in  60.0  g  of  water  in  a  coffee-cup  calorimeter 

(Figure  5.18),  the  temperature  drops  from  23.0°C  to 
18.4:C.  Calculate  AH  (in  kj  mol  NH4NO3)  for  the  solu- 

tion process 

NH4NK>,(>)   »  NH4  "(<?</)  +  NOf(aq) 

Assume  that  the  specific  heat  of  the  solution  is  the  same 
as  that  of  pure  water,  (b)  Is  this  process  endothermic  or 
exothermic? 

5.55  A  2.200-g  sample  of  quinone  (CJT402)  is  burned  in  a 
bomb  calorimeter  whose  total  heat  capacity  is 

7.854  kJ/°C.  The  temperature  of  the  calorimeter  increases 
from  23.44°C  to  30.57°C.  What  is  the  heat  of  combustion 

per  gram  of  quinone?  Per  mole  of  quinone? 
5.56  A  1.800-g  sample  of  phenol  (ChH?OH)  was  burned  in  a 

bomb  calorimeter  whose  total  heat  capacity  is 

11.66  kj  C.  The  temperature  of  the  calorimeter  plus  con- 
tents increased  from  21.36°C  to  26.37°C.  (a)  Write  a 

balanced  chemical  equation  for  the  bomb  calorimeter  re- 
action, (b)  What  is  the  heat  of  combustion  per  gram  of 

phenol?  Per  mole  of  phenol? 

5.57  Under  constant-volume  conditions  the  heat  of  combus- 

tion of  glucose  (QH1206)  is  15.57  kj/g.  A  2.500-g  sample 
of  glucose  is  burned  in  a  bomb  calorimeter.  The  temper- 

ature of  the  calorimeter  increased  from  20.55°C  to 
23.25°C  (a)  What  is  the  total  heat  capacity  of  the 
calorimeter?  (b)  It  the  size  of  the  glucose  sample  had 
been  exactly  twice  as  large,  what  would  the  temperature 
change  of  the  calorimeter  have  been? 
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5.58  Under  constant-volume  conditions  t lit-  heat  of  combus- 

tion of  benzoic  acid  (HC7H502)  is  26.38  kj/g.  A  1.640-g 
sample  of  benzoic  acid  is  burned  in  a  bomb  calorimeter. 
The  temperature  of  the  calorimeter  increases  from 
22.25  C  to  27.21)  C.  (a)  What  is  the  total  heat  capacity  of 
the  calorimeter?  (b)  A  l.320-g  sample  of  a  new  organic 
substance  is  combusted  in  the  same  calorimeter.  The 

temperature  ot  the  calorimeter  increases  from  22. 1  4  C  t 
2b. cS2  C.  What  is  the  heat  ol  combustion  per  gram  ot  the 
new  substance?  (c)  Suppose  that  in  changing  samples,  a 
portion  ot  the  water  in  the  calorimeter  were  lost.  In  what 
way,  it  any,  would  this  change  the  heat  capacity  ot  the 

calorimeter1 

Hess's  Law 

5.59  What  is  the  conne<  lion  between  I  less's  law  and  the  fact 
th.U  H  is  a  state  function? 

5.60  Consider  the  following  hypothetical  reactions: 

A   ►  B       Ml      t-30  kj 
B   »  C       AH  =  f  60  kj 

(a)  Use  I  less's  law  to  calculate  the  enthalpy  change  for 
the  reaction  A   ►  C.  (b)  C  onstruct  an  enthalpy  dia- 

gram for  substances  A,  B,  and  C,  and  show  how  I  loss's 
law  applies. 

5.61  Calculate  the  enthalpy  change  for  the  reaction 

P406(s)  +  2  02(g)   P-Anfs) 

given  the  following  enthalpies  of  reaction' 

P4(s)  +  302(#)   ►  IVAN        Ml        1640.1  kj 
P4(s)  +  5O20?)   ►  P4O10(s)       Ml      -2940.1  kj 

5.62  From  the  enthalpies  of  reaction 

2  H2(g)  +  02(#)   ►  2  H20(s)       Ml      -483.6  kj 
302(g)   ►  2  03(g)  Ml  =  +284.6  kj 

calculate  the  heat  ot  the  reaction 

3H2(£)  f  03(g)   ►  3H&g) 
5.63  From  the  enthalpies  ot  reaction 

H2C?)  +  F2(#)   ►  2  HF{g)       Ml  =  -537  kj 
C(s)  +  2  F2(#)   »  CF4(x)        Ml       680  kj 

2C(s)  f  2IU(X)   ►C2H4(<S')      AH  -  1-52.3  kj 
calculate  Mi  for  the  reaction  of  ethylene  with  1 1: 

C2H4(jj)  +  6F2(tf) 

5.b4  Given  tin-  data 

:CFt(x)  -  4  III  (-) 

N:(X)  1  0:(.v)   >2NCX's')  AH  =  t-180.7kj 
2  NO(;s')  +  02(g)   '  2  NO:(:<)       Ml        113.1  kj 

2  N20(x)   ►  2  N2(jf)  +  0:(.v)        A/ /        163.2  kj 

use  I  loss's  law  to  calculate  A//  for  the  reaction 

N2Q(g)  f  N02(tf)   ►  3NO(?) 

Enthalpies  of  Formation 

5.65  (a)  What  is  meant  by  the  term  standard  conditions,  with 
reference  to  enthalpy  changes?  (b)  What  is  meant  by  the 
term  enthalpy  of  formation?  (c)  What  is  meant  bv  the  term 

standard  enthalpy  of  format  ion'' 
5.66  (a)  Whv  are  tables  of  standard  enthalpies  of  formation 

so  useful?  (b)  What  is  the  value  of  the  standard  enthalpy 
of  formation  of  an  element  in  its  most  stable  form? 

(c)  Write  the  chemical  equation  for  the  reaction  w  hose 
enthalpy  change  is  the  standard  enthalpy  of  formation 
of  glucose,  C6H,206(s),  AH?[C6H1206]. 

5.67  For  each  of  the  following  compounds,  write  a  bal- 
anced thermochemical  equation  depicting  the  forma- 

tion of  one  mole  of  the  compound  from  its  elements  in 
their  standard  states  and  use  -Appendix  C  to  obtain 

the  value  of  AH°:  (a)  NH3(ff),  (b)SO(.v:),  (c)  RbClQ,(s), 
(d)  NH4NCh(s). 

5.68  Write  balanced  equations  that  describe  the  formation  of 

the  following  compounds  from  their  elements  in  then- 
standard  states,  and  use  Appendix  C  to  obtain  the  val- 

ues of  their  standard  enthalpies  of  formation:  (a)  I  lBr(£), 
(b)  AgN03(s),  (c)  I  lg2Cl2(s),  (d)  C2H3OH(/). 

5.69  The  following  is  know  n  as  the  thermite  reaction  [Figure 
5.8(b)]: 

2Al(s)  +  Fe2Ch(s)   *  Al203(s)  +  2Fe(s) 
This  highly  exothermic  reaction  is  used  for  welding 
massive  units,  such  as  propellers  for  large  ships.  Using 

enthalpies  of  formation  in  Appendix  C,  calculate  Ml 
for  this  reaction. 

5.70  Many  cigarette  lighters  contain  liquid  butane,  C4H|t)(/). 
Using  enthalpies  of  formation,  calculate  the  quantity  ol 

heat  produced  when  1.0  g  ot  butane  is  completely  com- 
busted in  air. 

5.71  Using  values  from  /Appendix  C,  calculate  the  standard 
enthalpy  change  for  each  ol  the  following  reactions: 

(a)  2S02(s)  +  02(s)   -2SO30?) 

(b)  Mg(OH)2(s)   ►  MgO(s)  +  H20(/) 

(c)  CH4(£)  +  4Cl2(g)   >CC1,(/)  t  4HCl(jf) 

(d)  SiCl4(/)  +  2H2C)(/)   ►Si02(s)  \  4  HC1(jj) 
5.72  Using  values  from  Appendix  C,  calculate  the  value  ol 

Ml   tor  each  of  the  follow  ing  reactions: 

(a)  N2G4(x)  ■+  4H2(jf)   "  N2(jf)  f  4  I  l20(tf) 

(b)  2KOH(s)  +  CO:(x)   >  K2C03(s)  *  IUOi-i 

(c)  S02(g)  +  2  H2S(x)   '  jjs«(s)  I  2H20(x) 

(d)  Fe203(s)  h6HCl(x)   *  2  FeCI  i(s)     3  H20(x) 
5.73  Complete  combustion  of  I  mol  of  acetone  (CiH„0)  libei ates  1790  kj: 

C^fpil)  t  4  02(tf)   ►3CO2(.x0  !  311 

Ml  1  I 
Using  this  information  together  with  data  from  \ppendix 

C,  calculate  the  enthalpy  of  formation  ol  acetone 
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5.74  Calcium  carbide  (CaC2>  reacts  with  water  to  form  acety- 
lene (C2H2)  and  Ca'OH>2.  From  the  following  enthalpy 

of  reaction  data  and  data  in  Appendix  C,  calculate  AH? 
for  CaC2(s): 

CaC2(s)  +  2  H20(/)   ►  Ca(OH)2(s)  +  C2H2(g) 
AH°  =   -127.2  kj 

5.75  Calculate  the  standard  enthalpy  of  formation  of  solid 
Mg(OH)2,  given  the  following  data: 

2  Mg(s)  +  02(g)   ►  2  MgO(s)  AH°     -1203.6  kj 
Mg(OH)2(s)   »  MgO(s)  +  H20(7)       AH°  =  +37.1  kj 

2  H2(g)  +  02(g)   *  2  H20(/)  AH"  =  -571.7  kj 

5.76  (a)  Calculate  the  standard  enthalpy  of  formation  of 

gaseous  diborane  (bNHJ  using  the  following  thermo- 
chemical  information: 

4  B(s)  +  3  02(g)   ►  2  B203(s)  AH      -2509.1  kj 

2  H2(g)  +  02(g)   >  2  H20(/)  AH°     -571.7  kj 

B2Hh($)  +  3<D2(g)   *  B203(s)  +  3H20(/)       AH   =  -2147.5  kj 

(b)  Pentaborane  (B5H4)  is  another  boron  hydride.  What 
experiment  or  experiments  would  you  need  to  perform 
to  yield  the  data  necessary  to  calculate  the  heat  of  for- 

Foods  and  Fuels 

5.79  (a)  What  is  meant  by  the  term  fuel  value?  (b)  Which  is 
a  greater  source  of  energy  as  food,  5  g  of  fat  or  9  g  of 
carbohydrate? 

5.80  (a)  Why  are  fats  well  suited  for  energy  storage  in  the 
human  body?  (b)  A  particular  chip  snack  food  is  com- 

posed of  12%  protein,  14%  fat,  and  the  rest  carbohydrate. 
What  percentage  of  the  calorie  content  of  this  food  is  fat? 
(c)  How  many  grams  of  protein  provide  the  same  fuel 
value  as  25  g  of  fat? 

5.81  A  serving  of  condensed  cream  of  mushroom  soup  con- 
tains 7  g  fat,  9  g  carbohydrate,  and  1  g  protein.  Estimate 

the  number  of  Calories  in  a  serving. 

5.82  A  pound  of  plain  M&M  "1  candies  contains  96  g  fat,  320  g 
carbohydrate,  and  21  g  protein.  What  is  the  fuel  value  in 

kj  in  a  42-g  (about  1.5  oz)  serving?  How  many  Calories 
does  it  provide? 

5.83  The  heat  of  combustion   of  fructose,  QH^O,,,  is 
2X12  kj/mol.  If  a  fresh  golden  delicious  apple  weighing 

4.23  oz  (120  g)  contains  16.0  g  of  fructose,  what  caloric 
content  does  the  fructose  contribute  to  the  apple? 

mation  of  BsH4(0?  Explain  by  writing  out  and  summing 

any  applicable  chemical  reactions. 
5.77  Gasoline  is  composed  primarily  of  hydrocarbons,  in- 

cluding many  with  eight  carbon  atoms,  called  octatws. 
One  of  the  cleanest-burning  octanes  is  a  compound 
called  2,3,4-trimethylpentane,  which  has  the  following 
structural  formula: 

CH3  CH-;  CH3 

1TC  —  CH— CH— CH— CHS 

The  complete  combustion  of  one  mole  of  this  compound 

to  C02(x)  and  H20(g)  leads  to  AH  -5069  kj.  (a)  Write 
a  balanced  equation  for  the  combustion  of  1  mol  of 
CgHig(/).  (b)  Write  a  balanced  equation  for  the  formation 
of  QHih(/)  from  its  elements,  (c)  By  using  the  informa- 

tion in  this  problem  and  data  in  Table  5.3,  calculate  AH  ? 
for  2,3,4-trimethylpentane. 

5.78  Naphthalene  (CinHH)  is  a  solid  aromatic  compound 
often  sold  as  mothballs.  The  complete  combustion  of 

this  substance  to  yield  C02(g)  and  H20(/)  at  25°C  yields 
5154kJ/mol.  (a)  Write  balanced  equations  for  the  for- 

mation of  naphthalene  from  the  elements  and  for  its 

combustion,  (b)  Calculate  the  standard  enthalpy  of  for- 
mation of  naphthalene. 

5.84  The  heat  of  combustion  of  ethanol,  C2H5OH(/),  is  • 

-1367  kj/mol.  A  batch  of  Sauvignon  Blanc  wine  contains 
10.6%  ethanol  by  mass.  Assuming  the  density  of  the 

wine  to  be  1.0  g/mL,  what  caloric  content  does  the  alco- 
hol (ethanol)  in  a  6-oz  glass  of  wine  (177  mL)  have? 

5.85  The  standard  enthalpies  of  formation  of  gaseous  pro- 
pyne  (C3H4),  propylene  (C^H^),  and  propane  (C3H8)  are 
+185.4,  +20.4,  and  -103.8  kj/mol,  respectively,  (a)  Calcu- 

late the  heat  evolved  per  mole  on  combustion  of  each 
substance  to  yield  C02(g)  and  H20(£).  (b)  Calculate  the 
heat  evolved  on  combustion  of  1  kg  of  each  substance, 
(c)  Which  is  the  most  efficient  fuel  in  terms  of  heat 

evolved  per  unit  mass? 

5.86  It  is  interesting  to  compare  the  "fuel  value"  of  a  hydro- 
carbon in  a  world  where  fluorine  rather  than  oxygen  is 

the  combustion  agent.  The  enthalpy  of  formation  of 

CF4(£)  is  -679.9  kj/mol.  Which  of  the  following  two  reac- 
tions is  the  more  exothermic? 

CH4(#)  +  202(g)   *  C02(g)  +  2H20(£) 

CH4(g)  +  4  F2(g)   >  CF4(#)  +  4  HF(g) 

5.88  Suppose  an  Olympic  diver  who  weighs  52.0  kg  executes 
a  straight  dive  from  a  10-m  platform.  At  the  apex  of  the 
dive,  the  diver  is  10.8  m  above  the  surface  of  the  water, 

(a)  What  is  the  potential  energy  of  the  diver  at  the  apex  of 
the  dive,  relative  to  the  surface  of  the  water?  (b)  Assum- 

ing that  all  the  potential  energy  of  the  diver  is  converted 
into  kinetic  energy  at  the  surface  of  the  water,  at  what 

Additional  Exercises 

5.87  At  20  C  (approximately  room  temperature)  the  average 
veloi  itv  of  Nt  molecules  in  air  is  1050  mph.  (a)  What  is 
the  a  1  rage  speed  in  m/s?  (b)  What  is  the  kinetic  energy 
(in  J)  ol  an  N2  molecule  moving  at  this  speed?  (c)  What 

is  the  total  kinetic  energy  of  1  mol  of  N2  molecules  mov- 
ing at  this  speed? 
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speed  in  m/s  will  the  diver  enter  the  water?  (c)  Does  the 
diver  do  work  on  entering  the  water?  Explain. 

5.89  When.)  mole  of  Dry  Ice,  C02(s),  is  converted  toC02(#)at 

atmospheric  pressure  and  -78  C,  the  heat  absorbed  by 
the  system  exceeds  the  increase  in  internal  energy  of  the 

COt.  Why  is  this  so7  What  happens  to  the  remaining 

energ)  1 
5.90  The  air  bags  th.it  provide  protection  in  autos  in  the 

ev  ent  of  an  accident  expand  as  a  result  ol  a  rapid  chem- 
ical reaction.  From  the  viewpoint  of  the  chemical  reac- 

tants  as  the  system,  what  do  you  expect  for  the  signs  of  </ 
and  w  in  this  process? 

15.91]  An  aluminum  can  of  a  soft  drink  is  placed  in  a  freezer. 
Later,  the  can  is  found  to  be  split  open  and  its  contents 
frozen.  Work  was  done  on  the  can  in  splitting  it  open. 
Where  did  the  energy  for  this  work  come  from? 

|5.92|  A  sample  of  gas  is  contained  in  a  cylinder-and-piston 
arrangement.  It  undergoes  the  change  in  state  shown  in 

the  drawing,  (a)  Assume  first  that  the  cylinder  and  pis- 
ton are  perfect  thermal  insulators  that  do  not  allow  heat 

to  be  transferred.  What  is  the  value  of  </  for  the  state 
change?  What  is  the  sign  of  w  for  the  state  change?  What 
can  be  said  about  A/  for  the  stale  change?  (b)  Now  as- 

sume that  the  cylinder  and  piston  are  made  up  ol  a  ther- 
mal conductor  such  as  a  metal.  During  the  state  change, 

the  cylinder  gets  warmer  to  the  touch.  What  is  the  sign 

of  q  for  the  state  change  in  this  case1  Describe  the  differ- 
ence in  the  state  of  the  system  at  the  end  ol  the  process 

in  the  two  cases.  What  can  you  say  about  the  relative 
values  of  At  ? 

[5.93]  Limestone  stalactites  and  stalagmites  are  formed  in 
caves  by  the  following  reaction: 

Ca^inq)  +  2  HC03  (aq)   > 

CaCCMs)  +  C02{g)  +  H20(/) 

If  I  mol  of  CaCC>3  forms  at  298  K  under  1  atm  pressure, 
the  reaction  performs  2.47  k|  of  P-V  work,  pushing  back  the 
atmosphere  as  the  gaseous  CO;  forms.  At  the  same  time, 
38.95  kj  of  heat  is  absorbed  from  the  en\  ironment.  What 
are  the  values  of  AH  and  of  At  for  this  reaction? 

[ 5.94 ]  Consider  the  systems  shown  in  Figure  5.  ID.  In  one  case 
the  battery  becomes  completely  discharged  by  running 

the  current  through  a  heater,  and  in  the  other  by  run- 
ning a  fan.  Both  processes  occur  at  constant  pressure 

In  both  cases  the  change  in  state  of  the  system  is  ■ 
same:  I  he  battery  goes  from  being  fully  charged  to 

being  fully  discharged.  Yet  in  one  case  the  hi'. it  evolved 
is  large,  and  in  the  other  it  is  small  Is  the  enthalp\ 

change  the  same  in  the  two  cases1  It  not,  how  can  en- 
thalpy be  considered  a  state  function?  II  it  is,  what  can 

you  say  about  the  relationship  between  enthalp\ 
change  and  (/  in  this  case,  as  compared  w  ith  others  that 
w  e  have  considered? 

5.95  A  house  is  designed  to  have  passive  solar  energ\  fea- 
tures. Brickwork  is  to  be  incorporated  into  the  interior  ol 

the  house  to  act  as  a  heat Vibsorher.  bach  brick  weighs 

approximately  1.8  kg.  The  specific  heat  of  the  brick  is 
0.85  |/g-K.  How  many  bricks  must  be  incorporated  into 
the  interior  of  the  house  to  provide  the  same  total  heal 

capacity  as  1.7  ■  1(1' gal  of  water1 
|5.96|  A  coffee-cup  calorimeter  ol  the  type  shown  in  Figure 

5.18  contains  150.0  g  of  water  at  25.1  C.  A  121.0-g  block 
of  copper  metal  is  heated  to  100.4  C  by  putting  it  in  .1 
beaker  of  boiling  water.  The  specific  heat  ol  Cu(s)  is 
0.385  J/g-K.  The  Cu  is  added  to  the  calorimeter,  and  after 
a  time  the  contents  of  the  cup  reach  a  constant  tempera- 

ture of  30.1  C.  (a)  Determine  the  amount  ol  heat,  in  I, 

lost  by  the  copper  block,  (b)  Determine  the  amount  ol 
heat  gained  by  the  water.  The  specific  heat  ot  water  is 
4.18  I  g-K.  (c)  The  difference  between  your  answ  ers  for 
(a)  and  (b)  is  due  to  heat  loss  through  the  Styrofoam 
cups  and  the  heat  necessary  to  raise  the  temperature  ol 
the  inner  wall  of  the  apparatus.  I  he  heal  capacity  of  the 
calorimeter  is  the  amount  ol  heat  necessary  to  raise 

the  temperature  of  the  apparatus  (the  cups  and  the  stop- 

per) by  1  K.  Calculate  the  heat  capacity  of  the  calorime- 
ter m  J/K.  (d)  What  would  be  the  final  temperature  ol 

the  system  if  all  the  heat  lost  by  the  copper  block  were 
absorbed  by  the  water  in  the  calorimeter? 

[ 5.97 J  (a)  When  a  O^^-g  sample  of  benzoic  acid  is  combusted 
in  a  bomb  calorimeter,  the  temperature  rises  1.642  C. 
When  a  0.2(i5-g  sample  of  caffeine,  CSH mC^N.,,  is 
burned,  the  temperature  rises  1.525  C.  Using  the  value 
26.38  kj/g  for  the  heat  of  combustion  ol  benzoic  acid, 
calculate  the  heat  of  combustion  per  mole  ol  caffeine  at 

constant  volume,  (b)  Assuming  that  then'  is  an  uncer- 
tainty of  0.002  C  in  each  temperature  reading  and  that 

the  masses  of  samples  are  measured  to  0.001  g,  what  is 
the  estimated  uncertainty  in  the  value  calculated  tor  the 
heat  of  combustion  per  mole  of  caffeine? 

5.98  How  many  grams  of  methane  [CH4(y)|  must  be  combust- 
ed to  heat  1.00  kg  of  w  ater  from  2^.0  C  to  90.0  (  ,  assuming 

H20(/)  as  a  product  and  100"..  efficiency  in  heat  transfer? 
5.99  Burning  methane  in  oxygen  can  produce  three  diflerent 

carbon-containing  products:  soot  (very  fine  particles  ol 
graphite),  CO(g),  and  C02(£).  (a)  Write  three  balanced 
equations  for  the  reaction  of  methane  gas  with  oxy; 

to  produce  these  three  products.  In  eac  h  1  ase  as* 
that  H20(/)  is  the  only  other  product,  (b)  I  )etermii 
standard  enthalpies  for  the  reai  tions  in  part  (a)  (1 
when  the  oxygen  supply  is  adequate,  is  C 

dominant  carbon-containing  product  imbustion 

of  methane7 
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5.100  From  the  following  data  for  three  prospective  fuels,  calcu- 
late which  could  provide  the  most  energy  per  unit  volume: 

Density  Molar  Enthalpy 
at  20°C    of  Combustion 

Fuel  (g/cm3)  (kj/mol) 

Nirroethane,  C2H5N02(7)  1.052  -1368 
Ethanol,  C2H5OH(/)  0.789  -1367 
Methylhydrazine,  CH6N2(/)  0.874  -1305 

5.101  The  hydrocarbons  acetylene  (C2H2)  and  benzene  (ChHh) 

have  the  same  empirical  formula.  Benzene  is  an  "aro- 
matic" hydrocarbon,  one  that  is  unusually  stable  he- 

cause  of  its  structure,  (a)  Bv  using  the  data  in  Appendix 

C,  determine  the  standard  enthalpy  change  for  the  reac- 
tion 3C2H2(£)   »ChH„(/).  (b)  Which  has  greater  en- 

thalpy, 3  mol  of  acetylene  gas  or  1  mol  of  liquid 

benzene?  (c)  Determine  the  fuel  value  in  kj/g  for  acety- 
lene and  benzene. 

[5.1021  Ammonia  (NH3)  boils  at  -33  C;  at  this  temperature  it 
has  a  density  of  0.81  g/cm  .  The  enthalpy  of  formation  of 

NH^(\')  is  -46.2  kj/mol,  and  the  enthalpy  of  v  aporization 
of  NFh(/)  is  23.2kJ/mol.  Calculate  the  enthalpy  change 
when  1  L  of  liquid  NFT  is  burned  in  air  to  give  N2(g)  and 

H20(^').  How  does  this  compare  with  A//  for  the  com- 
plete combustion  of  1  L  of  liquid  methanol,  CFh,OH(/)? 

For  CFT,OH(/),  the  density  at  25  C  is  0.792  g/cm3,  and 
AH°  equals  -239kJ/mol. 

15.103]  Three  common  hydrocarbons  that  contain  four  carbons 
are  listed  here,  along  with  their  standard  enthalpies  of 
formation: 

Hydrocarbon Formula 
AH,  (kj/mol) 

1 ,3-Butadiene 
C4H6(g) 

111.9 
1-Butene 

C4H8(g) 
1.2 

//-Butane 

-124.7 

(a)  For  each  of  these  substances,  calculate  the  molar  en- 

thalpy of  combustion  to  C02(g)  and  H20(/).  (b)  Calcu- 

late' the  fuel  value  in  kj/g  lor  each  of  these  compounds, 
(c)  For  each  hydrocarbon,  determine  the  percentage  of 
hydrogen  by  mass,  (d)  By  comparing  your  answers  for 
parts  (b)  and  (c),  propose  a  relationship  between  hydro- 

gen content  and  fuel  value  in  hydrocarbons. 
5.104  the  two  common  sugars,  glucose  (C,,H120,,)  and  su- 

crose (C|2H220| 1 ),  are  both  carbohydrates.  I  heir  stan- 
dard enthalpies  of  formation  are  given  in  Table  5.3. 

Using  these  data,  (a)  calculate  the  molar  enthalpy  of 
combustion  to  CC)2(x)  and  H20(/)  for  the  two  sugars; 
(b)  calculate  the  enthalpy  of  combustion  per  gram  of 
each  sugar;  (c)  determine  how  your  answers  to  part  (b) 
compare  to  the  average  fuel  value  of  carbohydrates 
discussed  in  Section  5.8. 

5.105  A  200-lb  man  decides  to  add  to  his  exercise  routine  by 
walking  up  three  flights  of  stairs  (45  ft)  20  times  per  day. 

I  le  figures  that  the  work  required  to  increase  his  poten- 
tial energy  in  this  was  will  permit  him  to  eat  an  extra 

order  of  French  fries,  at  245  Cal,  without  adding  to  his 
weight.  Is  he  correct  in  this  assumption? 

5.106  The  sun  supplies  about  1.0  kilowatt  of  energy  for  each 
square  meter  of  surface  area  (l.OkW/nr,  where  a 

watt  =  1  J/s).  Plants  produce  the  equivalent  of  about 
0.20  g  of  sucrose  (CiiH^On)  per  hour  per  square 

meter.  Assuming  that  the  sucrose  is  produced  as  fol- 
lows, calculate  the  percentage  of  sunlight  used  to  pro- 
duce sucrose. 

12C02(£)  +  11  H20(/)   *  C,2H220,|  +  12  02(g) AH  =  5645  kj 

[5.1071  It  is  estimated  that  the  net  amount  of  carbon  dioxide 

fixed  by  photosy  nthesis  on  the  landmass  of  the  Earth  is 

5.5  ■  1016  g  yr  of  C02.  All  this  carbon  is  conv  erted  into 
glucose,  (a)  Calculate  the  energy  stored  by  photosyn- 

thesis on  land  per  year  in  kj.  (b)  Calculate  the  average 
rate  of  conversion  of  solar  energy  into  plant  energy  in 

MW  (1  W  =  1  J/s).  A  large  nuclear  power  plant  pro- 
duces about  lCr  MW.  The  energy  of  how  many  such 

nuclear  power  plants  is  equivalent  to  the  solar  energy 
conversion? 

Integrative  Exercises 

5.108  COnsider  the  combustion  of  a  single  molecule  of  CH4(>NT) 
forming  H2Q(/)  as  a  product,  (a)  How  much  energy,  in  I, 
is  produced  during  this  reaction?  (b)  A  typical  X-ray 
photon  has  an  energy  of  8  keV.  How  does  the  energy  of 

combustion  compare  to  the  energy  of  the  X-ray  photon? 
5.109  C  onsider  the  dissolving  of  NaCl  in  water,  illustrated  in 

Figure  4.3.  Let's  say  that  the  system  consists  of 
0.1  mol  NaCl  and  I  L  of  water.  Considering  that  the 
NaC  I  readily  dissolves  in  the  water  and  that  the  ions  are 
strong!)  stabilized  by  the  w  ater  molecules,  as  shown  in 
the  figure,  is  it  safe  to  conclude  that  the  dissolution  of 
NaC  I  in  ter  results  in  a  lower  enthalpy  for  the  sys- 

tem? Exj  n  your  response.  What  experimental  evi- 
dence wouli  I  )  mi  examine  to  test  this  question? 

5.110  Consider  the  following  unbalanced  oxidation-reduction 
reactions  in  aqueous  solution: 

Ag  ~(oq)  +  Li(s)   *  Ag(s)  +  W(nq) 

Fe(s)  +  Na  '(<?</)   ►  Fe2+(fl^)  +  Na(s) 
K(s)  +  H2Q(/)   ►  KOH(<;,/)  +  H2(g) 

(a)  Balance  each  of  the  reactions,  (b)  By  using  data  in 

Appendix  C,  calculate  AH:  for  each  of  the  reactions, 
(c)  Based  on  the  values  you  obtain  for  AH°,  which  of  the 
reactions  would  you  expect  to  be  favorable?  Which 

would  you  expect  to  be  unfavorable?  (d)  Use  the  activi- 
ty series  to  predict  which  of  these  reactions  should 

occur.  Are  these  results  in  accord  with 

your  conclusion  in  part  (c)  of  this  problem? 
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15.111]  Consider  the  following  acid-neutralization  reactions  in- 
vol\  ing  the  strong  base  NaOI  l(aq): 

HNO,(iii|)  •  \aOH(i/</)   '  \a\0;(</i/)  -  H20(/) 

HCKrt,/)  f  NaOH(fl£j)   ►  NaCKofj)  *  H20(/) 

NH4  •(«</)  +  NaOH(<?q)   >  NH3(^)  •  \a  (,n/)  +  H:Q(/) 

(a)  By  using  data  in  Appendix  C,  calculate  A//  for  each 
of  the  reactions,  (b)  As  we  s,m  in  Section  4.3,  nitric  acid 

and  hydrochloric  acid  arc  strong  acids.  Write  net  ionic 
equations  lor  the  neutralization  ol  these  a<  ids.  (c)  com- 

pare the  values  ol  A//  for  the  first  two  reactions.  What 
can  vou  conclude?  (d)  In  the  third  equation  \l  1 1  (</</)  is 
acting  as  an  acid.  Based  on  the  \  alue  ol  A/  /  for  this  re- 

action, do  you  think  it  is  ,i  strong  or  a  weak  acid? 

Explain. 
5.112  Consider  two  solutions,  the  first  being  50  0  ml  of 

1.00  M  CuS04  and  the  other  50.0  mL  of  2.110  M  KOH. 
When  the  two  solutions  are  mixed  in  a  constant- 

pressure  calorimeter,  a  precipitate  forms  and  the  tem- 

perature of  the  mixture  rises  from  21.5°C  to  27.7  C. 
(a)  Before  mixing,  how  many  grams  of  (  u  are  present 
in  the  solution  of  CuSO_|?  (b)  Predict  the  identity  of  the 
precipitate  in  the  reaction,  (c)  Write  complete  and  net 
ionic  equations  for  the  reaction  that  occurs  when  the 
two  solutions  are  mixed,  (d)  I  rom  the  calorimetric 

data,  calculate  A//  for  the  reaction  that  occurs  on  mix- 

ing. Assume  that  the  calorimeter  absorbs  only  a  negli- 
gible quantity  of  heat,  that  the  total  volume  of  the 

solution  is  100.0  mL,  and  that  the  specific  heat  and 
density  of  the  solution  after  mixing  are  the  some  as  that 
of  pure  water. 

5.113  The    metathesis    reaction  between 

NaCl(i?i/)  proceeds  as  follows; 

Ag\'Ch(<!i/)  aiu 

AgNO-^?./)  +  NaClO?!/) NaNO-i(<i«/)  -  AgCI(s) 

(a)  By  using  Appendix  C,  calculate  A//  tor  the  net  ionit 
equation  of  this  reaction,  (b)  What  would  you  expect  for 
the  \  alue  of  A/  /  of  the  o\  erall  molecular  equation  com- 

pared to  that  for  the  net  ionic  equation?  Explain,  (c)  I  se 
the  results  from  (a)  and  (b)  along  with  data  in  Appendix 
C  to  determine  the  value  of  A//,  for  AgN03(m/). 

|5.114|  A  sample  of  a  hydrocarbon  is  combusted  completely  in 

02(tf)  to  produce  21.83  g*C02(tf),  4.47  g  H20(tf),  and 311  M  ol  heat,  (a)  What  is  the  mass  of  the  hydrocarbon 

sample  that  was  combusted1  (b)  What  is  the  empirical 
formula  of  the  hydrocarbon1  (c)  C  alculate  the  value  of 
\H  t  per  empirical-formula  unit  of  the  hydrocarbon, 
(d)  Do  you  think  that  the  hydrocarbon  is  one  of  those 

listed  in  .Appendix  C1  Explain  your  answ  er. 
5.115  The  methane  molecule,  CH4,  has  the  geometry  show  n  in 

Figure  2.21.  Imagine  a  hypothetical  process  in  which  the 

methane  molecule  is  "expanded,"  by  simultaneously 
extending  all  fourC  —  H  bonds  to  infinity.  We  then  have 

the  process 
CH4(m)   >  C(x)  *  4  H(s) 

(a)  Compare  this  process  with  the  rev  erse  of  the  reaction 
that  represents  the  standard  enthalpy  of  formation. 
(b)  Calculate  the  enthalpy  change  in  each  case.  Which  is 
the  more  endothermic  process?  What  accounts  for  the 
difference  in  A//  values?  (c)  Suppose  that  3.45  g  CH4(;S') 
is  reacted  with  1.22  g  R.v),  forming  CF4(tf)  and  HF(#)  as 

sole  products.  What  is  the  limiting  reagent  in  this  reac- 
tion1 Assuming  that  the  reaction  occurs  at  constant 

pressure,  what  amount  of  heat  is  evolved? 

eiVlEDIA  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  comes  in  your  MediaPak. 

5.116  The  Enthalpy  of  Solution  activity  (5.4)  allows  you  to 
dissolve  five  different  compounds  in  water.  For  each 
compound,  tell  whether  the  process  is  endothermic  or 
exothermic. 

5.117  Using  the  calculated  A/  /  from  Exercise  5.53,  determine 
how  much  sodium  hydroxide  must  be  dissolved  in 
100.0  g  of  water  in  order  for  the  temperature  to  rise  by 
25.0 C  Use  the  Enthalpy  of  Solution  activity  (5.4)  to 
verify  your  answer. 

5.118  (a)  Which  combination  (what  compound,  mass  of  com- 
pound, and  mass  of  water)  in  the  Enthalpy  of  Solution 

activity  (5.4)  produces  the  largest  temperature  change? 
(b)  Suppose  a  weighed  quantity  of  a  sparingly  soluble 
salt  were  used  for  a  calorimetry  experiment  similar  to 
those  in  the  simulation.  After  measuring  the  tempera- 

ture change,  you  discover  that  not  all  of  the  sdlt  has  dis- 
solved. Discuss  the  errors  that  would  arise  in  the 

calculated  value  of  the  molar  enthalpy  of  solution  as  a 
result  of  this  complication. 

5.119  (a)  Using  the  heat  of  combustion  given  in  Exercise 

5.58,  calculate  the  temperature  increase  for  the  com- 
bustion of  a  450-mg  sample  of  benzoic  acid  in  a 

calorimeter  with  a  heat  capacity  of  420]  C  that  con- 

tains 500  g  of  water.  Use  the  Calorimetry  acti\  ity  ( ~>  5) 
to  check  your  prediction,  (b)  Perform  calorimetrv  ex- 

periments using  the  other  compounds  a\  ailable  in  the 
simulation.  For  each  compound  (excluding  nitroglyc- 

erin), determine  the  molar  heat  ol  combustion, 

(c)  Which  compound  has  the  highest  heat  ol  combus- 
tion per  mole?  (d)  Which  compound  has  the  highest 

heat  of  combustion  per  gram? 

5.120  (a)  Using  the  heat  of  combustion  for  sucrose  determined 
in  the  previous  exercise,  calculate  the  amount  of  heal 
that  would  be  evolved  by  the  combustion  ol  2 
sucrose,  (b)  What  temperature  change  would  I 
served  if  this  combustion  were  carried  oul 

grams  of  water  in  the  calorimeter1  I  se  the  Calorimetry 
activity  (5.5)  to  verify  your  answer 

5.121  Carry  out  a  series  of  experiments  with  the  Calorimetry 

activity  (5.5),  using  500  grams  of  water  in  the  calorime- 
ter. Vary  the  amount  of  sucrose,  using  values  of  50  mg, 
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150  mg,  250  mg,  and  450  mg.  (a)  Graph  your  data  with 
mg  sucrose  on  the  r-axis  and  temperature  change  on  the 
y-axis.  (b)  Is  the  temperature  change  proportional  to  the 
mass  of  sucrose  combusted? 

5.122  Repeat  the  experiment  of  the  previous  exercise  with  a 
constant  255  mg  of  sucrose,  but  vary  the  amount  of  water, 
using  values  of  600  g,  700  g,  800  g,  and  900  g.  (a)  Again, 

graph  your  data  with  grams  of  water  on  the  x-axis  and 
temperature  change  on  the  i/-axis.  (b)  Is  the  temperature 
change  proportional  to  the  mass  of  water  in  the  calorime- 

ter? If  your  answer  to  part  (b)  is  different  from  your  an- 
swer to  part  (b)  of  the  previous  exercise,  explain  why- 

e  LABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  and  skills 
for  this  chapter  in  the  simulated  laboratory  of  Virtual  ChemLab. 
Worksheets  for  each  of  these  exercises  are  found  in  the  Virtual 

ChemLab  Workbook  in  your  MediaPak. 
5.125  (VCL  5-1)  Endothermic  Versus  Exothermic 

In  various  chemical  processes,  such  as  reactions  and  the 
dissolving  of  salts,  heat  is  either  absorbed  or  given  off. 
We  call  these  events  either  an  endothermic  (heat  in)  or 
exothermic  (heat  out)  process.  It  is  usual  to  detect  these 

heat  events  bv  measuring  the  temperature  change  asso- 
ciated with  the  process.  In  this  problem  you  will  dis- 

solve several  salts  in  water  and  measure  the  resulting 
temperature  change  and  then  make  deductions  about 
the  nature  of  the  process. 

5.126  (VCL  5-2)  Heat  of  Solution:  NHjNO^ 

Have  you  ever  used  one  of  those  "instant  cold  packs" 
that  looks  like  a  plastic  bag  filled  with  liquid?  If  you  hit 
the  bag  and  shake  it  up,  it  gets  extremely  cold,  but  why 
does  it  do  that?  The  liquid  inside  the  cold  pack  is 
water,  and  in  the  water  is  another  plastic  bag  or  tube 
containing  NH4NO3.  When  you  hit  the  cold  pack,  it 
breaks  the  tube  so  that  the  water  mixes  with  the 

NH4NOv  The  dissolving  of  a  salt,  such  as  NH4NO,,  in 
water  is  called  dissolution,  and  the  heat  associated 

with  the  dissolving  process  is  called  the  enthalpy  of  so- 
lution. In  this  problem  you  will  take  a  sample  of 

NH4NO,,  dissolve  it  in  water,  and  from  measuring  the 

change  in  temperature,  calculate  the  enthalpy  of  solu- 
tion for  NH4NCV 

5. 1 27  (VCL  5-3)  Specific  Heat  of  Al 
On  a  sunny  day  the  water  in  a  swimming  pool  may 
warm  up  a  degree  or  two  while  the  concrete  around  the 
pool  may  become  too  hot  to  walk  on  with  bare  feet.  This 
may  seem  strange  since  the  water  and  concrete  are  being 
heated  bv  the  same  source — the  Sun.  This  evidence  sug- 
ges  1 1  (, ikes  more  heat  to  raise  the  temperature  of  some 
substances  than  others,  which  is  true.  The  amount  of  heat 

required  to  raise  the  temperature  of  1  g  of  a  substance  by 
I  C  is  (  ailed  the  specific  heat  capacity  or  specific  heat  of  that 
substance.  Water,  for  instance,  has  a  specific  heat  of 

4.1  I  K  :  ITiis  value  is  high  in  comparison  with  the  spe- 
cific 1   .Us  lor  other  materials,  such  as  concrete  or  metals. 

5.123  The  enthalpy  of  combustion  of  nitroglycerin  is 

-1541  kj/mol.  (a)  Using  this  and  the  data  from  experi- 
ments conducted  in  the  Calorimetry  activity  (.5.5),  de- 

termine the  molar  mass  of  nitroglycerin,  (b)  Explain 
how  your  answer  to  part  (a)  would  be  affected  by  the 
use  of  a  poorly  insulated  calorimeter. 

5.124  Compare  the  Thermite  and  Formation  of  Water  movies 
(5.7).  (a)  Use  the  information  provided  to  calculate  the 

AH°  for  the  formation  of  water,  and  compare  it  to  the 
AH0  calculated  for  the  thermite  reaction  in  Exercise  5.69. 
(b)  Comment  on  the  apparent  relationship  between  the 

nature  of  a  reaction  and  the  magnitude  of  its  AH0. 

In  this  experiment  you  will  use  a  simple  calorimeter  and 
your  knowledge  of  the  specific  heat  of  water  to  measure 
the  specific  heat  of  aluminum  (Al). 

5.128  (VCL  5-4)  Specific  Heat  of  Pb 
In  this  problem  you  will  repeat  the  previous  specific 
heat  experiment  except  measure  the  specific  heat  of  Pb. 

5.124  (VCL  5-5)  Heat  of  Combustion:  Ciiicken  Fat 
The  heat  of  combustion  (  AHaimt>)  is  the  heat  of  reaction 
for  the  complete  burning  (reacting  with  Gs)  of  one  mole 
of  a  substance  to  form  CGs  and  H20.  Calorimetry  ex- 

periments that  measure  the  heat  of  combustion  can  be 

performed  at  constant  volume  using  a  device  called  a 
bomb  calorimeter.  In  a  bomb  calorimeter  a  sample  is 

burned  in  a  constant-volume  chamber  in  the  presence  of 
oxygen  at  high  pressure.  The  heat  that  is  released 
warms  the  water  surrounding  the  chamber.  By  measur- 

ing the  temperature  increase  of  the  water,  it  is  possible 
to  calculate  the  quantity  of  heat  released  during  the 

combustion  reaction.  In  this  assignment  you  will  calcu- 
late the  heat  of  combustion  of  chicken  fat. 

5.130  (VCL  5-6)  Heat  of  Combustion:  Sugar 
In  this  assignment  you  will  measure  the  heat  of  combus- 

tion of  sugar  as  outlined  in  the  heat  of  combustion  prob- 
lem on  chicken  fat. 

5.131  (VCL  5-7)  Heat  of  Combustion:  TNT 
In  this  assignment  you  will  measure  the  heat  of  combus- 

tion of  2,4,6-trinitrotoluene  (TNT)  as  outlined  in  the  heat 
of  combustion  problem  on  chicken  fat. 

5.132  (VCL  5-S)  Heat  of  Formation:  Ethanol 
The  heat  of  formation  is  the  heat  of  reaction  for  the  for- 

mation of  a  compound  from  the  elements.  The  heat  of 
formation  can  be  determined  bv  measuring  the  heat  of 

combustion  for  the  compound  and  then  using  Hess's 
law  to  convert  the  heat  of  combustion  to  a  heat  of  for- 

mation. Calorimetry  experiments  that  measure  the  heat 
of  combustion  can  be  performed  at  constant  volume, 
using  a  device  called  a  bomb  calorimeter.  In  a  bomb 

calorimeter  a  sample  is  burned  in  a  constant-volume 
chamber  in  the  presence  of  oxygen  at  high  pressure.  The 
heat  that  is  released  warms  the  water  surrounding 
the  chamber.  By  measuring  the  temperature  increase  of 
the  water,  it  is  possible  to  calculate  the  quantity  of  heat 
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released  during  the  combustion  reaction.  In  this  assign- 
ment you  will  first  measure  the  heat  ol  combustion  of 

ethanol  (ethyl  alcohol,  C21  hOI  I )  and  convert  the  heat  ol 
combustion  to  d  heat  of  formation. 

13.1  (VCL  5-9)  Heat  of  Formation:  Aspirin 
In  this  assignment  von  w  ill  measure  the  lir.it  ol  com- 

bustion of  aspirin  and  then  calculate  the  heat  ol  for- 
mation as  outlined  in  the  heat  ol  formation  problem 

tor  ethanol. 

134  (VCL  5-10)  Heat  of  Reaction:  NaOH(aq)  HC/(aq) 
Energv  that  is  either  absorbed  or  released  in  a  i  hemical 
reaction  is  known  as  the  enthalp)  of  reaction  (AHrxn). 
An  endothermk  reaction  absorbs  energy,  and  the  en- 

thalpy ol  reaction  is  positive.  An  exotlwriitu  reaction 
gives  oft  energy,  and  the  enthalpy  ol  reaction  is  nega- 

tive. Most  chemical  reactions  are  esothermu.  In  tins 

problem  von  will  measure  the  amount  of  heat  released 
when  aqueous  solutions  of  NaOl  I  and  I  1CI  are  mixed  in 
a  neutralization  reaction  to  form  water  and  a  salt,  and 
calculate  the  heat  ol  reaction. 

5.135  (VCL  5-11)  Heat  of  Reaction:  MgCHs)  HC/(aq) 
In  this  assignment  you  w  ill  measure  the  heat  ol  reactio 
for  MgO(s)  +  1 1C1((7(/)  as  outlined  in  the  heat  ol  reaction 
problem  tor  NaOHfrtij)  and  HC\(aq). 

5.136  (VCL  5-12)  Hcss's  Laze 
In  this  experiment  you  w  ill  measure  the  amount  ot  heal 
released  in  these  three  related  exothermic  reactions: 

NaOH(s)   ►  Na+(<?<7)  -  OH  (aq)  A//, 

NaOH(s)  *  II  (aq)  -  CI  (aq)   ► 

H20  -  Na  (aq)  -  CI  (aq)  Ml: 

Na  (id/)  f  OH  (aq)  ■  H  (<?</)  +  CI  (aq)   ► 

H20  -  Na  "(aq)  +  CI  (aq)  Ml, 

After  determining  the  heats  of  reaction  (A//] ,  A//:  and 

A/-/-J,  you  will  then  analyze  your  data  and  verify  1  less  s 
law,  or  A//|  -  A//-  =  AH2. 
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WHAT'S  AHEAD 

•  Light  (radiant  energy,  or 
electromagnetic  radiation)  has 
wavelike  properties  and  so  is 
characterized  by  wavelength, 

frequency,  and  speed.  (Section  6.1) 

•  Studies  of  the  radiation  given  off  bv 
hut  objects  and  of  the  way  in  which 
light  striking  a  metal  surface 
can  free  electrons  indicate  that 

electromagnetic  radiation  also  has 

particle-like  properties  and  can  be 
deserved  in  terms  of  photons, 
t Section  6.2) 

•  The  fact  that  atoms  give  off 
characteristic  colors  of  light 

(line  spectra)  provides  clues 
about  how  electrons  are  arranged 
in  atoms,  leading  to  two  important 
ideas:  Electrons  exist  onlv  in 

certain  energy  levels  around  a 
nucleus,  and  energy  is 
involved  in  moving  an 
electron  from  one  level  to 
another.  (Section  6.3) 

•  Because  matter  also  has  wavelike 

properties,  it  is  impossible  to 
determine  simultaneously  the  exact 
position  and  exact  motion  of  an 

electron  in  an  atom  (Heisenberg's 
uncertainty  principle).  (Section  6.4) 

•  The  arrangement  of  electrons  in 
atoms  is  described  bv  quantum 
mechanics  in  terms  of  atomic  orbitals. 
(Sections  6.5,  6.6,  and  6.7) 

•  Knowing  the  energies  of  orbitals  as 
well  as  some  fundamental 
characteristics  of  electrons  described 

by  Hand's  rule  allows  us  to determine  how  electrons  are 

distributed  among  various  orbitals 
in  an  atom  {electron  configurations). 
(Section  6.8) 

The  electron  configuration  of  an 
atom  is  related  to  the  location  of  th 

element  in  the  periodic  table. 
(Section  6.9) 
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Electronic  Structure 

of  Atoms 

WHAT  HAPPENS  WHEN  ONE  TURNS  ON  A  NEON  LIGHT?  The  elec- 

trons in  the  neon  atoms,  excited  to  a  higher  energy 

by  electricity,  emit  light  when  they  drop  back 

down  to  a  lower  energy.  The  pleasing  glow  that 

results  is  explained  by  one  of  the  most  revolu- 
tionary  discoveries  of  the  twentieth  century,  namely,  the  quantum 
theory.  This  theory  explains  much  of  the  behavior  of  electrons  in 
atoms — and  we  will  see  that  the  behavior  of  subatomic  electrons 

is  quite  unlike  anything  we  see  in  our  macroscopic  world. 
In  this  chapter  we  will  explore  the  quantum  theory  and  its 

importance  in  chemistry.  We  will  begin  by  looking  more  close- 
ly at  the  nature  of  light  and  how  our  description  of  light  was 

changed  by  the  quantum  theory.  We  will  explore  some  of 

the  tools  used  in  quantum  mechanics,  the  "new"  physics 
that  had  to  be  developed  to  describe  atoms  correctly. 
We  will  then  use  the  quantum  theory  to  describe  the 
arrangements  of  electrons  in  atoms,  or  what  we  call 
the  electronic  structure  of  atoms.  The  electronic 

structure  of  an  atom  refers  not  only  to  the  num- 
ber of  electrons  in  an  atom  but  also  to  their  dis- 

tribution around  the  nucleus  and  to  their 

energies.  We  will  see  that  the  quantum  de- 
scription of  the  electronic  structure  of 

atoms  helps  us  to  understand  the  beauti- 
ful arrangement  of  the  elements  in  the 

periodic  table — why,  for  example,  he- 
ium  and  neon  are  both  unreactive 

gases,  whereas  sodium  and  potas- 
sium are  both  soft,  reactive  met- 
als. In  the  chapters  that  follow, 

we  will  see  how  the  concepts 

of  quantum  theory  are  used 

to  explain  trends  in  the  pe- 

riodic   table    and  tin- 
formation  of  bonds  be- 

tween atoms. 
THE  CLASS  TUBES  OF  NEON  LIGHTS  contain  various  gases  that  can  be  excited  by  electricity.  Light  is 

produced  when  electrically  excited  atoms  return  to  their  lowest-energy  states. 
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218       Chapter  6 Electronic  Structure  of  Atoms 

6.1  I  The  Wave  Nature  of  Light 

▲  Figure  6.1   Water  waves.  The  movement 
ot  the  boat  through  the  water  forms  waves.  The 
regular  variation  of  the  peaks  and  troughs 
enables  us  to  sense  the  motion,  or  propagation, 
of  the  waves. 

Wavelength Wave 

peak Wave  trough 

(a) 

Much  of  our  present  understanding;  of  the  electronic  structure  of  atoms  has 

come  from  analysis  of  the  light  either  emitted  or  absorbed  by  substances.  To  un- 
derstand electronic  structure,  therefore,  we  must  first  learn  more  about  light. 

The  light  that  we  can  see  with  our  eyes,  visible  light,  is  an  example  of 
electromagnetic  radiation.  Because  electromagnetic  radiation  carries  energy 

through  space,  it  is  also  known  as  radiant  energy.  There  are  many  types  of  elec- 
tromagnetic radiation  in  addition  to  visible  light.  These  different  forms — such 

as  the  radio  waves  that  carry  music  to  our  radios,  the  infrared  radiation  (heat) 

from  a  glowing  fireplace,  and  the  X  rays  used  by  a  dentist — may  seem  very  dif- 
ferent from  one  another,  but  they  all  share  certain  fundamental  characteristics. 

All  types  of  electromagnetic  radiation  move  through  a  vacuum  at  a  speed 

of  3.00  x  10  m/s,  the  speed  of  light.  Furthermore,  all  have  wavelike  characteris- 
tics similar  to  those  of  waves  that  move  through  water.  Water  waves  are  the  re- 
sult of  energy  imparted  to  the  water,  perhaps  by  the  dropping  of  a  stone  or  the 

movement  of  a  boat  on  the  water  surface  (Figure  6.1  4).  This  energy  is  ex- 

pressed as  the  up-and-down  movements  of  the  water. 
A  cross  section  of  a  water  wave  (Figure  6.2  -4)  shows  that  it  is  periodic, 

which  means  that  the  pattern  of  peaks  and  troughs  repeats  itself  at  regular  in- 
tervals. The  distance  between  two  adjacent  peaks  (or  between  two  adjacent 

troughs)  is  called  the  wavelength.  The  number  of  complete  wavelengths,  or 
cycles,  that  pass  a  given  point  each  second  is  the  frequency  of  the  wave.  We  can 
measure  the  frequency  of  a  water  wave  by  counting  the  number  of  times  per 

second  that  a  cork  bobbing  on  the  water  moves  through  a  complete  cycle  of  up- 
ward and  downward  motion. 

Q    GIVE  IT  SOME  THOUGHT 

What  is  the  difference  between  visible  light  and  electromagnetic  radiation? 

(b) 

▲  Figure  6.2  Characteristics  of  water 
waves,  (a)  The  distance  between  corresponding 
points  on  each  wave  is  called  the  wavelength.  In 
this  drawing,  the  two  corresponding  points  are 
two  peaks,  but  they  could  be  any  other  two 
corresponding  points,  such  as  two  adjacent 
troughs,  (b)  The  number  of  times  per  second  that 
the  cork  bobs  up  and  down  is  called  the 
frequency  of  the  wave. 

Wavelength  A 
Amplitude 

(a)  Two  complete  cycles  of 
wavelength  A 

Just  as  with  water  waves,  we  can  assign  a  frequency  and  wavelength  to 

electromagnetic  waves,  as  illustrated  in  Figure  6.3  ▼.  These  and  all  other  wave 
characteristics  of  electromagnetic  radiation  are  due  to  the  periodic  oscillations 
in  the  intensities  of  the  electric  and  magnetic  fields  associated  with  the 
radiation. 

▼  Figure  6.3   Characteristics  of  electromagnetic  waves.  Radiant  energy  has  wave  charaderistics;  it 
consists  of  eledromagnetic  waves.  Notice  that  the  shorter  the  wavelength,  A,  the  higher  the  frequency,  v.  The 
wavelength  in  (b)  is  half  as  long  as  that  in  (a),  and  the  frequency  of  the  wave  in  (b)  is  therefore  twice  as  great 
as  the  frequency  in  (a).  The  amplitude  of  the  wave  relates  to  the  intensity  of  the  radiation.  It  is  the  maximum 
extent  of  the  oscillation  of  the  wave.  In  these  diagrams  amplitude  is  measured  as  the  vertical  distance  from  the 
midline  of  the  wave  to  its  peak.  The  waves  in  (a)  and  (b)  have  the  same  amplitude.  The  wave  in  (c)  has  the 
same  frequency  as  that  in  (b),  but  its  amplitude  is  lower. 

Amplitude 

Amplitude I 

(b)  Wavelength  half  of  that  in 
(a);  frequency  twice  as 
great  as  in  (a) 

(c)  Same  frequency  as  (b), 
smaller  amplitude 
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The  speed  of  water  waves  can 
vary  depending  on  how  they  are 

created — for  example,  the  waves  pro- 
duced by  a  speedboat  travel  taster 

than  those  produced  by  a  rowboat.  In 

contrast,  all  electromagnetic  radia- 

tion moves  at  the  same  speed,  name- 
ly the  speed  of  light.  As  a  result,  the 

wavelength  and  frequency  of  electro- 
magnetic radiation  are  always  relat- 

ed in  a  straightforward  way  If  the 
wavelength  is  long,  there  will  be 
fewer  cycles  of  the  wave  passing  a 

point  per  second;  thus,  the  frequency 
will  be  low.  Conversely  for  a  wave  to 
have  a  high  frequency,  the  distance 

between  the  peaks  of  the  wave  must 

be  small  (short  wavelength).  This  in- 
verse relationship  between  the  frequency  and  the  wav  elength  of  electromag- 
netic radiation  can  be  expressed  by  the  equation 
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where  v  (nu)  is  the  frequency,  A  (lambda)  is  the  wavelength,  and  c  is  the  speed 
of  light. 

Why  do  different  forms  of  electromagnetic  radiation  have  different  proper- 
ties? Their  differences  are  due  to  their  different  wavelengths,  which  are  ex- 

pressed in  units  of  length.  Figure  6.4  A  shows  the  various  types  of 

electromagnetic  radiation  arranged  in  order  of  increasing  wavelength,  a  dis- 
play called  the  electromagnetic  spectrum.  Notice  that  the  wavelengths  span  an 

enormous  range.  The  wavelengths  of  gamma  rays  are  similar  to  the  diameters 
of  atomic  nuclei,  whereas  the  wavelengths  of  radio  waves  can  be  longer  than  a 
football  field.  Notice  also  that  visible  light,  which  corresponds  to  wav  elengths 

of  about  400  to  700  nm  (4  <  10  '  m  to  7  -  10  '  m),  is  an  extremely  small  por- 
tion of  the  electromagnetic  spectrum.  We  can  see  visible  light  because  of  the 

chemical  reactions  it  triggers  in  our  eves.  The  unit  of  length  normally  chosen  to 
express  wavelength  depends  on  the  type  of  radiation,  as  shown  in  Table  6.1  ▼. 

Frequency  is  expressed  in  cycles  per  second,  a  unit  also  called  a  hertz  (Hz). 
Because  it  is  understood  that  cycles  are  involved,  the  units  of  frequency  are 

normally  given  simply  as  "per  second,"  which  is  denoted  by  s~ 1  or  /s.  For  ex- 
ample, a  frequency  of  820  kilohertz  (kHz),  a  typical  frequency  for  an  AM  radio 

station,  could  be  written  either  as  820,000  s  1  or  as  S20,0()0/s. 

600 
750  nm 

▲  Figure  6.4  The  electromagnetic 
spectrum.  Wavelengths  in  the  spectrum  range 
trom  very  short  gamma  rays  to  very  long  radio 
waves.  Notice  that  the  color  of  visible  light  can  be 
expressed  quantitatively  by  wavelength. 

ACTIVITY 

y  J    Electromagnetic  Spectrum 

TABLE  6.1 Common  Wavelength  Units  for  Electromagnetic  Radiation 

Unit 
Symbol Length  (m) Type  of  Radiation 

Angstrom A 

10  10 

X  ray 

Nanometer nm 

10  M 

Ultraviolet,  visible 

Micrometer 

10  h 

1  n  fra  red 

Millimeter mm 

10  3 

infrared 

Centimeter 
i  ni 

10  2 

Microwave 

Meter m i TV,  radio 
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MM  SAMPLE  EXERCISE  6.1  |  Concepts  of  Wavelength  and  Frequency 

Two  electromagnetic  waves  are  represented  in  the  margin,  (a)  Which  wave  has  the 
higher  frequency?  (b)  If  one  wave  represents  visible  light  and  the  other  represents  in- 

frared radiation,  which  wave  is  which? 

Solution  (a)  The  lower  wave  has  a  longer  wavelength  (greater  distance  between 
peaks).  The  longer  the  wavelength,  the  lower  the  frequency  (v  =  c/A).  Thus,  the 
lower  wave  has  the  lower  frequency,  and  the  upper  one  has  the  higher  frequencv. 

(b)  The  electromagnetic  spectrum  (Figure  6.4)  indicates  that  infrared  radiation 
has  a  longer  wavelength  than  visible  light.  Thus,  the  lower  wave  would  be  the  in- 

frared radiation. 

M  PRACTICE  EXERCISE 

If  one  of  the  waves  in  the  margin  represents  blue  light  and  the  other  red  light,  which 
is  which? 

Answer:  The  expanded  visible-light  portion  of  Figure  6.4  tells  you  that  red  light  has 
a  longer  wavelength  than  blue  light.  The  lower  wave  has  the  longer  wavelength 
(lower  frequency)  and  would  be  the  red  light. 

■■  SAMPLE  EXERCISE  6.2  |  Calculating  Frequency  from  Wavelength 

The  yellow  light  given  off  by  a  sodium  vapor  lamp  used  for  public  lighting  has  a 
wavelength  of  389  run,  What  is  the  frequency  of  this  radiation? 

Solution 
Analyze:  We  are  given  the  wavelength,  A,  of  the  radiation  and  asked  to  calculate  its 

frequency,  /'. 
Plan:  The  relationship  between  the  wavelength  (which  is  given)  and  the  frequency 
(which  is  the  unknown)  is  giv  en  by  Equation  6.1.  We  can  solve  this  equation  for  v  and 
then  use  the  values  of  A  and  i  to  obtain  a  numerical  answer.  (The  speed  of  light,  c,  is  a 
fundamental  constant  whose  value  is  given  in  the  text  or  in  the  table  of  fundamental 
constants  on  the  back  inside  cover.) 

Solve:  Solving  Equation  6.1  for  frequency  gives  v  =  c/A.  When  we  insert  the  values 
for  c  and  A,  we  note  that  the  units  of  length  in  these  two  quantities  are  different.  We 
can  convert  the  wavelength  from  nanometers  to  meters,  so  the  units  cancel: 

3.00  x  108m/s\/  1  nm 

589  nm  AlO^m 

5.09  x  101 Check:  The  high  frequency  is  reasonable  because  of  the  short  wavelength.  The  units 

are  proper  because  frequencv  has  units  of  "per  second,"  or  s_1. 

MM  PRACTICE  EXERCISE 

(a)  A  laser  used  in  eye  surgery  to  fuse  detached  retinas  produces  radiation  with  a 
wavelength  of  640.0  nm.  Calculate  the  frequencv  of  this  radiation,  (b)  An  FM  radio 
station  broadcasts  electromagnetic  radiation  at  a  frequencv  of  103.4  MHz  (megahertz; 
MHz  =  10  s   ).  Calculate  the  wavelength  of  this  radiation. 
Answers:  (a)  4.688  X  1014  s"1,  (b)  2.901  m 

Q    GIVE  IT  SOME  THOUGHT 

Human  skin  is  not  penetrated  by  visible  light  but  is  penetrated  by  X  rays.  Which  trav- 
els faster,  visible  light  or  X  rays? 

6.2  |  Quantized  Energy  and  Photons  

Although  the  wave  model  of  light  explains  many  aspects  of  its  behavior,  there 

are  several  phenomena  this  model  can't  explain.  Three  of  these  are  particularly 
pertinent  to  our  understanding  of  how  electromagnetic  radiation  and  atoms  in- 

teract: (1 )  the  emission  of  light  from  hot  objects  (referred  to  as  blackbody  radiation 
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because  the  objects  studied  appear  black  before  beating),  (2)  the  emission  of 
electrons  from  metal  surfaces  on  which  light  shines  (the  photoelectric  effect),  and 

(3)  the  emission  of  light  from  electronically  excited  gas  atoms  (emission  spectra). 
We  examine  the  first  two  here  and  the  third  in  Section  6.3. 

Hot  Objects  and  the  Quantization  of  Energy 

When  solids  are  heated,  they  emit  radiation,  as  seen  in  the  red  glow  of  an 
electric  stove  burner  and  the  bright  white  light  of  a  tungsten  lightbulb.  The 

wavelength  distribution  of  the  radiation  depends  on  temperature,  a  red-hot 
object  being  cooler  than  a  white-hot  one  (Figure  6.5  ►).  In  the  late  1800s  a 
number  of  physicists  were  studying  this  phenomenon,  trying  to  understand 
the  relationship  between  the  temperature  and  the  intensity  and  wavelengths 
of  the  emitted  radiation.  The  prevailing  laws  of  physics  could  not  account  for 
the  observations. 

In  1900  a  German  physicist  named  Max  Planck  (1858-1947)  solved  the 
problem  bv  making  a  daring  assumption:  I  le  assumed  that  energy  can  be  either 

released  or  absorbed  bv  atoms  only  in  discrete  "chunks"  of  some  minimum 
size.  Planck  gave  the  name  quantum  (meaning  "fixed  amount")  to  the  smallest 
quantity  of  energy  that  can  be  emitted  or  absorbed  as  electromagnetic  radia- 

tion. He  proposed  that  the  energy,  /  ,  of  a  single  quantum  equals  a  constant 
times  the  frequency  of  the  radiation: 

/      hv  [6.2] 

The  constant  //  is  called  Planck's  constant  and  has  a  value  of 

6.626  x  10"  '4  joule-seconds  (J-s).  According  to  Planck's  theory,  matter  is  al- 
lowed to  emit  and  absorb  energy  only  in  whole-number  multiples  of  hv,  such  as 

///',  2/;/',  3///',  and  so  forth.  If  the  quantity  of  energy  emitted  by  an  atom  is  3lw, 
for  example,  we  say  that  three  quanta  of  energy  have  been  emitted  (quanta 

being  the  plural  of  quantum).  Because  the  energy  can  be  released  only  in  spe- 
cific amounts,  we  say  that  the  allowed  energies  are  quantized — their  values  are 

restricted  to  certain  quantities.  Planck's  revolutionary  proposal  that  energy  is 
quantized  was  proved  correct,  and  he  was  awarded  the  1918  Nobel  Prize  in 
Physics  for  his  work  on  the  quantum  theory. 

If  the  notion  of  quantized  energies  seems  strange,  it  might  be  helpful  to 

draw  an  analogy  by  comparing  a  ramp  and  a  staircase  (Figure  6.6  ▼).  As  you 
walk  up  a  ramp,  your  potential  energy  increases 
in  a  uniform,  continuous  manner.  When  you 
climb  a  staircase,  you  can  step  only  on  individual 

stairs,  not  between  them,  so  that  your  potential  en- 
ergy is  restricted  to  certain  values  and  is  therefore 

quantized. 

If  Planck's  quantum  theory  is  correct,  w  in 
aren't  its  effects  more  obvious  in  our  daily  lives1 
Why  do  energy  changes  seem  continuous  rather 

than  quantized,  or  "jagged"?  Notice  that  Planck's 
constant  is  an  extremely  small  number.  Thus,  a 

quantum  of  energy,  hv,  is  an  extremely  small 

amount.  Planck's  rules  regarding  the  gain  or  loss 
of  energy  are  always  the  same,  whether  we  are 

concerned  with  objects  on  the  size  scale  of  our  or- 
dinary experience  or  with  microscopic  objects. 

With  everyday  macroscopic  objects,  however,  the 
gain  or  loss  of  a  single  quantum  of  energy  goes 
completely  unnoticed.  In  contrast,  when  dealing 

with  matter  at  the  atomic  level,  the  impact  of  quan- 
tized energies  is  far  more  significant. 

▲  Figure  6.5   Color  as  a  function  of 
temperature.  The  color  and  intensity  of  the  light 
emitted  by  a  hot  object  depend  on  the 
temperature  of  the  object.  The  temperature  is 
highest  at  the  center  of  this  pour  of  molten  steel. 
As  a  result,  the  light  emitted  from  the  center  is 
most  intense  and  of  shortest  wavelength. 

Blackbody  Radiation 

I* 

1  If  - 

▲  Figure  6.6   A  model  for  quantized  energy.  The  potential  ei 
walking  up  a  ramp  (a)  increases  in  a  uniform,  continuous  manner,  win 
person  walking  up  steps  (b)  increases  in  a  stepwise,  quantized  n 
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Q    GIVE  IT  SOME  THOUGHT 

The  temperature  of  stars  is  gauged  by  their  colors.  For  example,  red  stars  have  a 

lower  temperature  than  blue-white  stars.  How  is  this  temperature  scale  consistent 
with  Planck's  assumption? 

The  Photoelectric  Effect  and  Photons 

Photoelectric  Effect 

ANIMATION 
Photoelectric  Effect 

T  Figure  6.7  The  photoelectric  effect. 
When  photons  of  sufficiently  high  energy  strike  a 
metal  surface,  electrons  are  emitted  from  the 
metal,  as  in  (a).  The  photoelectric  effect  is  the 
basis  of  the  photocell  shown  in  (b).  The  emitted 
electrons  are  drawn  toward  the  positive  terminal. 
As  a  result,  current  flows  in  the  circuit.  Photocells 
are  used  in  photographic  light  meters  as  well  as 
in  numerous  other  electronic  devices. 

A  few  years  after  Planck  presented  his  theory,  scientists  began  to  see  its  ap- 
plicability to  a  great  many  experimental  observations.  It  soon  became  appar- 

ent that  Planck's  theory  had  within  it  the  seeds  of  a  revolution  in  the  way  the 
physical  world  is  viewed.  In  1905,  Albert  Einstein  (1879-1955)  used  Planck's 
quantum  theory  to  explain  the  photoelectric  effect,  which  is  illustrated  in 

Figure  6.7  T.  Experiments  had  shown  that  light  shining  on  a  clean  metal  sur- 
face causes  the  surface  to  emit  electrons.  For  each  metal,  there  is  a  minimum 

frequency  of  light  below  which  no  electrons  are  emitted.  For  example,  light 

with  a  frequency  of  4.60  X  1014  s  1  or  greater  will  cause  cesium  metal  to  emit 
electrons,  but  light  of  lower  frequency  has  no  effect. 

To  explain  the  photoelectric  effect,  Einstein  assumed  that  the  radiant  ener- 
gy striking  the  metal  surface  is  behaving  not  like  a  wave  but  rather  as  if  it  were 

a  stream  of  tiny  energy  packets.  Each  energy  packet,  called  a  photon,  behaves 

like  a  tiny  particle.  Extending  Planck's  quantum  theory,  Einstein  deduced  that 

each  photon  must  have  an  energ)  equal  to  Planck's  constant  times  the  frequen- 
cy of  the  light: 

Energy  of  photon  =  E  =  hv 
[6.3] 

Radiant  energy Evacuated 

chamber 

1 

Radiant 
energy 

Emitted 

electrons 

Metal  surfa 

(a) 

Thus,  radiant  energy  itself  is  quantized. 

Under  the  right  conditions,  a  photon  can  strike  a  metal  surface  and  be  ab- 
sorbed. When  this  happens,  the  photon  can  transfer  its  energy  to  an  electron  in 

the  metal.  A  certain  amount  of  energy — called  the  work  function — is  required  for 
an  electron  to  overcome  the  attractiv  e  forces  that  hold  it  in  the  metal.  If  the  pho- 

tons of  the  radiation  impinging  on  the  metal  have  less  energy  than  the  work 

function,  electrons  do  not  acquire  suffi- 
cient energy  to  escape  from  the  metal 

surface,  even  if  the  light  beam  is  in- 
tense. If  the  photons  of  radiation  have 

sufficient  energy,  electrons  are  emitted 
from  the  metal.  If  the  photons  have 

more  than  the  minimum  energy  re- 

quired to  free  electrons,  the  excess  ener- 
gy appears  as  the  kinetic  energy  of  the 

emitted  electrons. 

To  better  understand  what  a  photon 

is,  imagine  that  you  have  a  light  source 
that  produces  radiation  with  a  single 
wavelength.  Further  suppose  that  you 

could  switch  the  light  on  and  off  faster 

and  faster  to  provide  ever-smaller 

bursts  of  energy.  Einstein's  photon  theo- 
ry tells  us  that  you  would  eventually 

come  to  a  smallest  energy  burst,  given 

by  E  =  hv.  This  smallest  burst  of  energy 
consists  of  a  single  photon  of  light. 

Positive 
terminal 

Metal surface 

Current 
indicator 
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MM  SAMPLE  EXERCISE  6.3  |  Energy  of  a  Photon 

Calculate  the  energy  of  one  photon  of  yellow  light  whose  wavelength  is  589  nm. 

Solution 

Analyze:  Our  task  is  to  calculate  the  energy,  /  ,  of  a  photon,  given  A  =  589  nm. 

Plan:  We  can  use  Equation  6.1  to 
convert  the  wavelength  to  frequen<  \ : 

We  can  then  use  Equation  6.3  to  cal- 
culate energy: 

Solve:  The  frequency  v,  is  calculat- 
ed from  the  given  wavelength,  .is 

shown  in  Sample  Exercise  6.2: 

The  value  of  Planck's  constant,  //,  is 
given  both  in  the  text  and  in  the 
table  of  physical  constants  on  the  in- 

side front  cover  of  the  text,  and  so 
we  can  easily  calculate  /  : 

Comment:  If  one  photon  of  radiant 
energy  supplies  3.37  <  10  J,  then 
one  mole  of  these  photons  will 
supply 

c/A 

E  =  hi 

cl\  =  5.09 

E  =  (6.626  x  10  M  J-s)(5.09 

ID 
Id (6.02  ■   1023  photons,  mol)(3. 37  ■  10  |9J/photon)  =  2.03  X  Ufj/mol 

This  is  the  magnitude  of  enthalpies  of  reactions  (Section  5.4),  so  radiation  can  break  chemical  bonds,  producing  what  are  called 
photochemical  mictions. 

MM  PRACTICE  EXERCISE 

(a)  A  laser  emits  light  with  a  frequency  ot  4.(*>L>  ■   10M  s  '.  What  is  the  energy  ot  one  photon  of  the  radiation  from  this  laser1  (b)  If 
the  laser  emits  a  pulse  of  energy  containing  5.0  ■   101'  photons  of  this  radiation,  what  is  the  total  energy  of  that  pulse1  (c)  If  the 
laser  emits  1.3  X  10    |  of  energy  during  a  pulse,  how  many  photons  are  emitted  during  the  pulse1 
Answers:  (a)  3. 1  1   ■   10     J,  (b)  0. 1  b  |,  (c)  4.2  ■   I016  photons 

The  idea  that  the  energy  of  light  depends  on  its  frequency  helps  us  under- 
stand the  diverse  effects  that  different  kinds  of  electromagnetic  radiation  hav  e 

on  matter.  For  example,  the  high  frequency  (short  wavelength)  of  X  rays 

(Figure  6.4)  causes  X-ray  photons  to  have  high  energy,  sufficient  to  cause  tissue 
damage  and  even  cancer.  Thus,  signs  are  normally  posted  around  X-ray  equip- 

ment w  arning  us  of  high-energ\  radiation 

Although  Einstein's  theory  of  light  as  a  stream  of  particles  rather  than  a 
wave  explains  the  photoelectric  effect  and  a  great  many  other  observations,  it 

does  pose  a  dilemma.  Is  light  a  wave,  or  does  it  consist  of  particles?  The  only 

way  to  resolve  this  dilemma  is  to  adopt  what  might  seem  to  be  a  bizarre  posi- 
tion: We  must  consider  that  light  possesses  both  wavelike  and  particle-like 

characteristics  and,  depending  on  the  situation,  will  behave  more  like  a  wave  or 
more  like  particles.  We  will  soon  see  that  this  dual  nature  is  also  characteristic 
of  matter. 

Q    GIVE  IT  SOME  THOUGHT 

Suppose  that  yellow  visible  light  can  be  used  to  eject  electrons  from  a  certain  metal 
surface.  What  would  happen  if  ultraviolet  light  were  used  instead? 
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▲  Figure  6.8   Quantum  giants.  Niels  Bohr 
(right)  with  Albert  Einstein.  Bohr  (1885-1962) 
made  major  contributions  to  the  quantum  theory. 
From  1911  to  1913  Bohr  studied  in  England, 
working  first  with  J.  J.  Thomson  at  Cambridge 
University  and  then  with  Ernest  Rutherford  at  the 
University  of  Manchester.  He  published  his 
quantum  theory  of  the  atom  in  1914  and  was 
awarded  the  Nobel  Prize  in  Physics  in  1922. 

A  Figure  6.9   Monochromatic  radiation. 
Lasers  produce  light  of  one  wavelenght,  which  we 
call  monocromatic  light.  Different  lasers  produce 
light  of  different  wavelenght.  The  photo  shows 
beams  from  a  variety  of  lasers  that  produce 
visible  light  of  different  colors.  Other  lasers 
produce  light  that  is  not  visible,  including  infrared 
and  ultraviolet  light. 

►  Figure  6.10   Creating  a  spectrum.  A 
continuous  visible  spectrum  is  produced  when  a 
narrow  beam  of  white  light  is  passed  through  a 
prism.  The  white  light  rould  be  sunlight  or  light 
from  an  incandescent  la 

6.3  I  Line  Spectra  and  the  Bohr  Model 

The  work  of  Planck  and  Einstein  paved  the  way  for  understanding  how  elec- 
trons are  arranged  in  atoms.  In  1913  the  Danish  physicist  Niels  Bohr 

(Figure  6.8  -4)  offered  a  theoretical  explanation  of  line  spectra,  another  phenom- 

enon that  had  puzzled  scientists  in  the  nineteenth  century.  Let's  first  examine 
this  phenomenon  and  then  consider  how  Bohr  used  the  ideas  of  Planck  and 
Einstein. 

Line  Spectra 

A  particular  source  of  radiant  energy  may  emit  a  single  wavelength,  as  in  the 

light  from  a  laser  (Figure  6.9  ̂ ).  Radiation  composed  of  a  single  wavelength  is 
said  to  be  monochromatic.  However,  most  common  radiation  sources,  including 

lightbulbs  and  stars,  produce  radiation  containing  many  different  wavelengths. 
When  radiation  from  such  sources  is  separated  into  its  different  wavelength 

components,  a  spectrum  is  produced.  Figure  6.10  V  shows  how  a  prism 
spreads  light  from  a  lightbulb  into  its  component  wavelengths.  The  spectrum 
so  produced  consists  of  a  continuous  range  of  colors:  Violet  merges  into  blue, 

blue  into  green,  and  so  forth,  with  no  blank  spots.  This  rainbow  of  colors,  con- 
taining light  of  all  wavelengths,  is  called  a  continuous  spectrum.  The  most  fa- 

miliar example  of  a  continuous  spectrum  is  the  rainbow  produced  when 
raindrops  or  mist  acts  as  a  prism  for  sunlight. 

Not  all  radiation  sources  produce  a  continuous  spectrum.  When  different 

gases  are  placed  under  reduced  pressure  in  a  tube  and  a  high  voltage  is  ap- 
plied, the  gases  emit  different  colors  of  light  (Figure  6.11  ►).  The  light  emitted 

by  neon  gas  is  the  familiar  red-orange  glow  of  many  "neon"  lights,  whereas 
sodium  vapor  emits  the  yellow  light  characteristic  of  some  modern  streetlights. 
When  light  coming  from  such  tubes  is  passed  through  a  prism,  only  a  few 
wav  elengths  are  present  in  the  resultant  spectra,  as  shown  in  Figure  6.12  ►. 
Each  wavelength  is  represented  by  a  colored  line  in  one  of  these  spectra.  The 
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colored  lines  are  separated  by  black  regions,  w  hich  corre- 

spond to  wavelengths  that  are  absent  from  the  light.  A  spec- 
trum containing  radiation  ot  only  specific  wavelengths  is 

called  a  line  spectrum. 

When  scientists  first  detected  the  line  spectrum  of  hydro- 
gen in  the  mid-lNOOs,  they  were  fascinated  by  its  simplicity. 

At  that  time,  only  the  tour  lines  in  the  visible  portion  of  the 
spectrum  were  observed,  as  shown  in  Figure  6.12.  In  L885  a 
Swiss  schoolteacher  named  [ohann  Balmer  showed  that  the 

wavelengths  of  these  four  visible  lines  ot  hydrogen  fit  an  in- 
triguingly  simple  formula.  Later,  additional  lines  were  found 

to  occur  in  the  ultraviolet  and  infrared  regions  ot  the  hydro- 

gen spectrum.  Soon  Balmer's  equation  was  extended  to  a 
more  general  one,  called  the  Ri/iUh'i^  equation,  which  allowed 
the  calculation  ot  the  wavelengths  of  all  the  spectral  lines  of 

hydrogen: 
(RH)\  2 

"T 

[6.4] 

In  this  formula  A  is  the  wavelength  of  a  spectral  line,  /\//  is  the  Rydberg  constant 

(1.096776  x  10'  m  '),  and  ii\  and  ih  are  positiv  e  integers,  with  112  being  larger 
than  11  \ .  How  could  the  remarkable  simplicity  of  this  equation  be  explained1  It 
took  nearly  30  more  years  to  answer  this  question. 

▲  Figure  6.11    Atomic  emission.  Different 
gases  emit  light  of  different  characteristic  colors 
upon  excitation  by  an  electrical  discharge: 

(a)  hydrogen,  (b)  neon. 

Atomic  Emission  Spectra 

The  Rydberg  Equation 
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<  Figure  6.12   Line  spectra.  Spectra 
obtained  from  the  electrical  discharge  from 
(a)  Na,  (b)  H.  Light  of  only  a  few  specific 
wavelenghts  are  produced,  as  shown  by  colored 
lines  in  the  spectra. 
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Bohr's  Model 

After  Rutherford  discovered  the  nuclear  nature  of  the  atom  (Section  2.2),  scien- 

tists thought  of  the  atom  as  a  "microscopic  solar  system"  in  which  electrons  or- 
bited the  nucleus.  To  explain  the  line  spectrum  of  hydrogen,  Bohr  started  by 

assuming  that  electrons  move  in  circular  orbits  around  the  nucleus.  According 

to  classical  physics,  however,  an  electrically  charged  particle  (such  as  an  elec- 
tron) that  moves  in  a  circular  path  should  continuously  lose  energy  by  emitting 

electromagnetic  radiation.  As  the  electron  loses  energy,  it  should  spiral  into  the 
nucleus.  This  spiraling  obviously  does  not  happen  since  hydrogen  atoms  are 
stable,  and  so  what  could  explain  how  these  atoms  seem  to  violate  the  laws  of 
physics?  Bohr  approached  this  problem  in  much  the  same  way  that  Planck  had 

approached  the  problem  of  the  nature  of  the  radiation  emitted  by  hot  objects: 
He  assumed  that  the  prev  ailing  laws  of  physics  were  inadequate  to  describe  all 

aspects  of  atoms.  Furthermore,  he  adopted  Planck's  idea  that  energies  are 
quantized. 
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ACTIVITY 
Bohr  Model 

Bohr  based  his  model  on  three  postulates: 

1.  Only  orbits  of  certain  radii,  corresponding  to  certain  definite  energies,  are 
permitted  for  the  electron  in  a  hydrogen  atom. 

2.  An  electron  in  a  permitted  orbit  has  a  specific  energy  and  is  in  an  "allowed" 
energy  state.  An  electron  in  an  allowed  energy  state  will  not  radiate  energy 
and  therefore  will  not  spiral  into  the  nucleus. 

3.  Energy  is  emitted  or  absorbed  by  the  electron  only  as  the  electron  changes 

from  one  allowed  energy  state  to  another.  This  energy  is  emitted  or  ab- 

sorbed as  a  photon,  E  =  hv. 
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▲  Figure  6.13   Energy  levels  in  the 
hydrogen  atom  from  the  Bohr  model.  The 
arrows  refer  to  the  transitions  of  the  electron 
from  one  allowed  energy  state  to  another.  The 
states  shown  are  those  for  whicli  n     1  through 
n  -  6  and  the  state  for  n      c,  for  which  the 
energy,  f,  equals  zero. 

9 
GIVE  IT  SOME  THOUGHT 

Before  reading  further  about  the  details  of  Bohr's  model,  speculate  as  to  how  they 
explain  the  fact  that  hydrogen  gas  emits  a  line  spectrum  (Figure  6.12)  rather  than  a 
continuous  spectrum. 

The  Energy  States  of  the  Hydrogen  Atom 

Starting  with  his  three  postulates  and  using  classical  equations  for  motion  and 
for  interacting  electrical  charges,  Bohr  calculated  the  energies  corresponding  to 
each  allowed  orbit  for  the  electron  in  the  hydrogen  atom.  These  energies  fit  the 
formula 

-hcRH) 

(-2.18  x  1(T18J) 

1 
[6.3] 

In  this  equation,  h,  c,  and  R^  are  Planck's  constant,  the  speed  of  light,  and  the 
Rydberg  constant,  respectively.  The  product  of  these  three  constants  equals 

2.18  x  1(T18  J.  The  integer  //,  which  can  have  values  from  1  to  infinity,  is  called 
the  principal  quantum  number.  Each  orbit  corresponds  to  a  different  value  of  n, 
and  the  radius  of  the  orbit  gets  larger  as  /;  increases.  Thus,  the  first  allowed 

orbit  (the  one  closest  to  the  nucleus)  has  n  =  1,  the  next  allowed  orbit  (the  one 

second  closest  to  the  nucleus)  has  n  =  2,  and  so  forth.  The  electron  in  the  hy- 
drogen atom  can  be  in  any  allowed  orbit,  and  Equation  6.5  tells  us  the  energy 

that  the  electron  will  have,  depending  on  which  orbit  it  is  in. 
The  energies  of  the  electron  of  a  hydrogen  atom  given  by  Equation  6.5  are 

negative  for  all  values  of ;/.  The  lower  (more  negative)  the  energy  is,  the  more 

stable  the  atom  will  be.  The  energy  is  lowest  (most  negative)  for  =  1.  As  n 

gets  larger,  the  energy  becomes  successively  less  negative  and  therefore  in- 
creases. We  can  liken  the  situation  to  a  ladder  in  which  the  rungs  are  numbered 

from  the  bottom  rung  on  up.  The  higher  one  climbs  the  ladder  (the  greater  the 

value  of ;/),  the  higher  the  energy.  The  lowest  energy  state  (;;  =  1,  analogous  to 
the  bottom  rung)  is  called  the  ground  state  of  the  atom.  When  the  electron  is  in 

a  higher  energy  (less  negative)  orbit — ;/  =  2  or  higher — the  atom  is  said  to  be  in 
an  excited  state.  Figure  6.13  4  shows  the  energy  of  the  electron  in  a  hydrogen 
atom  for  several  values  of  n. 

What  happens  to  the  orbit  radius  and  the  energy  as  n  becomes  infinitely 
large?  The  radius  increases  as  /r,  so  we  reach  a  point  at  which  the  electron  is 

completely  separated  from  the  nucleus.  When  ;/  =  oo,  the  energy  is  zero: 

E  =  (-2.18  x  10"18J) 
0 
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Thus,  the  state  in  which  the  electron  is  removed  from  the  nucleus  is  the  refer- 

ence, or  zero-energy,  state  of  the  hydrogen  atom.  This  zero-energy  state  is  higlier 
in  energy  than  the  states  with  negativ  e  energies. 

In  his  third  postulate,  Bohr  assumed  that  the  electron  could  "jump"  from 
one  allowed  energy  state  to  another  by  either  absorbing  or  emitting  photons 
whose  radiant  energy  corresponds  exactly  to  the  energy  difference  between  the 
two  states.  Energy  must  be  absorbed  for  an  electron  to  move  to  a  higher  energy 

state  (one  with  a  higher  value  of  //).  Conversely,  radiant  energy  is  emitted  when 
the  electron  jumps  to  a  lower  energy  state  (one  with  a  lower  value  of  /;). 
Thus,  if  the  electron  jumps  from  an  initial  state  that  has  energy  E,  to  a  final  state 

of  energy  Et ,  the  change  in  energy  is 

AE  =  Ef  -  £/  =  Ephotan  =  hv  [6.6] 

Bohr's  model  of  the  hydrogen  atom  states,  therefore,  that  only  the  specific 
frequencies  of  light  that  satisfy  Equation  6.6  can  be  absorbed  or  emitted  by 
the  atom. 

Substituting  the  energy  expression  in  Equation  6.5  into  Equation  6.6  and  re- 
calling that  /'  =  c;  A,  we  have 

IE  =  hv  =  ̂  =  (-2.18  x  10  IK  |)(  \  -  \)  [6.7] A  \nj  nfj 

In  this  equation  /;,  and  rti  are  the  principal  quantum  numbers  of  the  initial  and 
final  states  of  the  atom,  respectively.  If  //,  is  smaller  than  /;,,  the  electron  min  es 

closer  to  the  nucleus  and  AE  is  a  negative  number,  indicating  that  the  atom  re- 
leases energy.  For  example,  if  the  electron  mov  es  from  =  3  to  n ,  =  I,  we 

have 

AE  =  (-2.18  x  10  18 J)^^  -        =  (-2-18  x  10  l8J)(|)  =  ~194  <  10-18 J 

Knowing  the  energy  for  the  emitted  photon,  we  can  calculate  either  its  fre- 
quency or  its  wavelength.  For  the  wavelength,  we  have 

c      he      (6.63  x  10  34J-s)(3.00  <  10s  m/s) 
A=     =  —  =  —  —  Tj-  —  =1.03xl0_7m 

''      AE  E94  ■  10  1  J 

We  have  not  included  the  negative  sign  of  the  energy  in  this  calculation  because 

wavelength  and  frequency  are  always  reported  as  positive  quantities.  The  di- 
rection of  energy  flow  is  indicated  by  saying  that  a  photon  of  wavelength 

1.03  x  10~7  has  been  emitted. 
If  we  solve  Equation  6.7  for  1/A,  we  find  that  this  equation  derived  from 

Bohr's  theory  corresponds  to  the  Rydberg  equation,  Equation  6.4,  which  was 
obtained  using  experimental  data: 

A  he 
1      -hcRH(  1       I     _D     1  1 

2      ~  KH\     ->  " 7      nfJ         \nf  n) 

Thus,  the  existence  of  discrete  spectral  lines  can  be  attributed  to  the  quantized 
jumps  of  electrons  between  energy  levels. 

9 GIVE  IT  SOME  T! 

As  the  electron  in  a  hydrogen  atom  jumps  from  the  n  =  3  orbit  to  the  n  =  1  orbit, 
does  it  absorb  energy  or  emit  energy? 
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WM  SAMPLE  EXERCISE  6.4  |  Electronic  Transitions  in  the  Hydrogen  Atom 

Using  Figure  6.13,  predict  which  of  the  following  electronic  transitions  produces  the 
spectral  line  having  the  longest  wavelength:  «  =  2to«  =  l,n  =  3tOM  =  2,  orn  =  4 
to  n  =  3. 

Solution  The  wavelength  increases  as  frequency  decreases  (A  =  c  v).  Hence  the 
longest  wavelength  will  be  associated  with  the  lowest  frequency.  According  to 

Planck's  equation,  £  =  hr,  the  lowest  frequency  is  associated  with  the  lowest  ener- 
gy. In  Figure  6.13  the  shortest  vertical  line  repfesents  the  smallest  energy  change. 

Thus,  the  =  4  to  =  3  transition  produces  the  longest  wavelength  (lowest  fre- 

quency) line. 

PRACTICE  EXERCISE 

Indicate  whether  each  of  the  following  electronic  transitions  emits  energv  or  requires 
the  absorption  of  energy:  (a)  n  =  3  to  n  =  1;  (b)  n  =  2  to  n  =  4. 
Answers:  (a)  emits  energv,  (b)  requires  absorption  of  energv 

Limitations  of  the  Bohr  Model 

While  the  Bohr  model  offers  an  explanation  for  the  line  spectrum  of  the  h\  dro- 
gen  atom,  it  cannot  explain  the  spectra  of  other  atoms,  except  in  a  rather  crude 
way.  Furthermore,  there  is  a  problem  with  describing  an  electron  merely  as  a 

small  particle  circling  about  the  nucleus.  As  we  will  see  in  Section  6.4,  the  elec- 
tron exhibits  wavelike  properties,  a  fact  that  anv  acceptable  model  of  electronic 

structure  must  accommodate.  As  it  turns  out,  the  Bohr  model  was  only  an  im- 
portant step  along  the  way  toward  the  development  of  a  more  comprehensive 

model.  What  is  most  significant  about  Bohr's  model  is  that  it  introduces  two 
important  ideas  that  are  also  incorporated  into  our  current  model:  (1)  Electrons 
exist  only  in  certain  discrete  energy  levels,  which  are  described  bv  quantum 

numbers,  and  (2)  energv  is  involved  in  moving  an  electron  from  one  level  to  an- 
other. We  will  now  start  to  develop  the  successor  to  the  Bohr  model,  which  re- 
quires that  we  take  a  closer  look  at  the  behavior  of  matter. 

6.4    The  Wave  Behavior  of  Matter 

In  the  years  following  the  development  of  Bohr's  model  for  the  hydrogen  atom, 
the  dual  nature  of  radiant  energv  became  a  familiar  concept.  Depending  on  the 
experimental  circumstances,  radiation  appears  to  have  either  a  wavelike  or  a 

particle-like  (photon)  character.  Louis  de  Broglie  (1892-1987),  who  was  work- 
ing on  his  Ph.D.  thesis  in  phvsics  at  the  Sorbonne  in  Paris,  boldly  extended  this 

idea.  If  radiant  energv  could,  under  appropriate  conditions,  behave  as  though  it 
were  a  stream  of  particles,  could  matter,  under  appropriate  conditions,  possiblv 

show  the  properties  of  a  wave?  Suppose  that  the  electron  orbiting  the  nucleus 
of  a  hydrogen  atom  could  be  thought  of  not  as  a  particle  but  rather  as  a  wave, 
with  a  characteristic  wavelength.  De  Broglie  suggested  that,  in  its  movement 
about  the  nucleus,  the  electron  has  associated  with  it  a  particular  wavelength. 
He  w  ent  on  to  propose  that  the  characteristic  wavelength  of  the  electron  or  of 
any  other  particle  depends  on  its  mass,  m,  and  on  its  velocity,  v. 

A  =  —  [6.8] 
mv 

(//  is  Planck's  constant.)  The  quantity  mv  for  anv  object  is  called  its  momentum. De  Broelie  used  the  term  matter  waves  to  describe  the  wave  characteristics  of 

material  particles. 

Because  de  Broglie's  hypothesis  is  applicable  to  all  matter,  any  object  of 
mass  m  and  velocity  v  would  give  rise  to  a  characteristic  matter  wave.  Howev- 

er, Equation  6.8  indicates  that  the  wavelength  associated  with  an  object  of  ordi- 
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nary  size,  such  as  a  golf  ball,  is  so  tiny  ,is  to  be  completely  out  of  the  range  of 
any  possible  observation.  This  is  not  so  for  an  electron  because  its  moss  is  so 
small,  as  we  see  in  Sample  Exercise  6.5. 

n  SAMPLE  EXERCISE  6.5  |  Matter  Waves 

What  is  the  wavelength  of  an  electron  moving  with  a  speed  of  5.47  x  10"  m     (The  mass  of  the  electron  is  y  l  l  ■  10  -s  g. ) 
Solution 

Analyze:  We  are  given  the  mass, ;//,  and  velocity,  v,  of  the  electron,  and  we  must  calculate  its  de  Broglie  wavelength,  A. 
Plan:  The  wavelength  of  a  moving  particle  is  given  by  liquation  6.8,  so  A  is  calculated  by  inserting  the  known  quantities  //,  m,  and 
v.  In  doing  so,  however,  we  must  pay  attention  to  units. 

Solve:  Using  the  value  of  Planck's 
constant,  //  =  f>.f>3  ■  10  ,,4J-s 

and  recalling  that  I  J  =  1  kg-m~/s2 

we  have  the  following:  // h  A 
mv 

(6.63  ■  10  '4J-s)  /  1  kg-m2/s2\/  103g 

(M.ll   •   10  2sg)(5.97  x  10hm  s)  \        I  J        /\  1  kg 

1.22  ■  10  10  m  =  0.122  nm 

Comment:  By  comparing  this  value  with  the  wavelengths  of  electromagnetic  radiation  shown  in  Figure  6.4,  we  see  that  the 
wavelength  of  this  electron  is  about  the  same  as  that  of  X  rays. 

■K  PRACTICE  EXERCISE 

Calculate  the  velocity  of  a  neutron  whose  de  Broglie  wavelength  is  500  pm.  The  mass  of  a  neutron  is  given  in  the  table  on  the  back 
inside  cover  of  the  text. 

Answer:  7.92  x  10"  m/s 

Within  a  few  years  after  de  Broglie  published  his  theory,  the  wave  proper- 
ties of  the  electron  were  demonstrated  experimentally.  Electrons  passed 

through  a  crystal  were  diffracted  by  the  crystal,  just  as  X  ravs  are  diffracted. 
Thus,  a  stream  of  mov  ing  electrons  exhibits  the  same  kinds  of  wave  behavior  as 
electromagnetic  radiation. 

The  technique  of  electron  diffraction  has  been  highly  developed.  In  the 
electron  microscope,  for  instance,  the  wav  e  characteristics  of  electrons  are  used 
to  obtain  pictures  of  tiny  objects.  This  microscope  is  an  important  tool  for 

studying  surface  phenomena  at  very  high  magnifications.  Figure  6.14  ►  is  a 
photograph  of  an  electron  microscope  image,  which  demonstrates  that  tiny 
particles  of  matter  can  behav  e  as  wav  es. 

GIVE  IT  SOME  THOUGHT 

A  baseball  pitcher  throws  a  fastball  that  moves  at  95  miles  per  hour.  Does  that  mov- 
ing baseball  generate  matter  waves?  If  so,  can  we  observe  them? 

The  Uncertainty  Principle 

The  discovery  of  the  w  av  e  properties  of  matter  raised  some  new  and  interest- 
ing questions  about  classical  physics.  Consider,  for  example,  a  ball  rolling 

down  a  ramp.  Using  the  equations  of  classical  physics,  we  can  calculate  its  po- 
sition, direction  of  motion,  and  speed  at  any  time,  with  great  accuracy.  Can  we 

do  the  same  for  an  electron,  which  exhibits  w  ave  properties?  A  wave  extends  in 

space,  and  therefore  its  location  is  not  precisely  defined.  We  might  therefore  an- 
ticipate that  it  is  impossible  to  determine  exactly  where  an  electron  is  located  at 

a  specific  time. 

▲  Figure  6.14   Electrons  as  waves.  Color 
enhanced  electron  microscope  image  of  human 
immunodeficiency  viruses  (HIV)  budding  from  an 
infected  T-lymphocyte  human  blood  cell.  In  an 
electron  microscope  the  wave  behavior  of  a 
stream  of  electrons  is  utilized  in  analogy  to  the 
way  that  a  conventional  microscope  uses  the 
wave  behavior  of  a  beam  ol  light 

Heisenberg  Uncertainly  Principle 
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A  Figure  6.15  Werner  Heisenberg 
(1901-1976).  During  his  postdoctoral 
assistantship  with  Niels  Bohr,  Heisenberg 
formulated  his  famous  uncertainty  principle.  At 
the  age  of  25,  he  became  the  chair  in  theoretical 
physics  at  the  University  of  Leipzig.  At  32  he  was 
one  of  the  youngest  scientists  to  receive  the 
Nobel  Prize. 

The  German  physicist  Werner  Heisenberg  (Figure  6. 1 5  4)  proposed  that 
the  dual  nature  of  matter  places  a  fundamental  limitation  on  how  precisely  we 
can  know  both  the  location  and  the  momentum  of  any  object.  The  limitation  be- 

comes important  only  when  we  deal  with  matter  at  the  subatomic  level  (that  is, 

with  masses  as  small  as  that  of  an  electron).  Heisenberg's  principle  is  called  the 
uncertainty  principle.  When  applied  to  the  electrons  in  an  atom,  this  principle 
states  that  it  is  inherently  impossible  tor  us  to  know  simultaneously  both  the 

exact  momentum  of  the  electron  and  its  exact  location  in  space. 
Heisenberg  mathematically  related  the  uncertainty  of  the  position  ( A x)  and 

the  uncertainty  in  momentum  A(///(>)  to  a  quantity  invok  ing  Planck's  constant: 

A.v  •  \(mv 

4- 

[6.9] 

A  brief  calculation  illustrates  the  dramatic  implications  of  the  uncertainty  principle. 

Theelectronhasamassof4.il  -  10  kg  and  min  es  at  an  average  speed  of  about 

5  x  10h  m/s  in  a  hydrogen  atom.  Let's  assume  that  we  know  the  speed  to  an  un- 
certainty of  1%  [that  is,  an  uncertainty  of  (0.01  )(5  X  l(f  m/s)  =  5  x  1()4  m  s]  and 

that  this  is  the  only  important  source  of  uncertainty  in  the  momentum,  so  that 

l(mv)  =  ///Ai\  We  can  then  use  Equation  6.9  to  calculate  the  uncertainty  in  the  po- 
sition of  the  electron: 

A.v 
(6.63  x  10~34J-s) 4~///A;>     4-(9.11  x  10~31  kg)(5  x  104m/s) 

1  x  10~ym Because  the  diameter  of  a  hydrogen  atom  is  only  about  1  x  10~ll)  m,  the  uncer- 
tainty is  an  order  of  magnitude  greater  than  the  size  of  the  atom.  Thus,  we  have 

essentially  no  idea  of  where  the  electron  is  located  within  the  atom.  On  the 

other  hand,  if  we  were  to  repeat  the  calculation  with  an  object  of  ordinary  mass 

Measurement  and  the  Uncertainty  Principle 

henever  any  measurement  is  made,  some  uncertainty 

exists.  Our  experience  with  objects  of  ordinary  dimen- 
sions, like  balls  or  trains  or  laboratory  equipment,  indicates 

that  the  uncertainty  of  a  measurement  can  be  decreased  by 
using  more  precise  instruments.  In  fact,  we  might  expect  that 
the  uncertainty  in  a  measurement  can  be  made  indefinitely 
small.  However,  the  uncertainty  principle  states  that  there  is 
an  actual  limit  to  the  accuracy  of  measurements.  This  limit  is 
not  a  restriction  on  how  well  instruments  can  be  made;  rather, 

it  is  inherent  in  nature.  This  limit  has  no  practical  conse- 
quences when  dealing  with  ordinary-sized  objects,  but  its  im- 

plications are  enormous  when  dealing  with  subatomic 
particles,  such  as  electrons. 

to  measure  an  object,  we  must  disturb  it,  at  least  a  lit- 
tle, with  oui  MHMsuring  dev  ice.  Imagine  using  a  flashlight 

to  locate  a  large  rubber  ball  in  a  dark  room.  You  see  the  ball 
when  the  light  from  the  flashlight  bounces  off  the  ball  and 
strikes  your  ev  es  When  a  beam  of  photons  strikes  an  object 
of  this  si/e,  it  does  no)  alter  its  position  or  momentum  to 
any  practical  extent.  Imagine,  however,  that  you  wish  to  lo- 

cate <in  electron  by  similarly  bouncing  light  off  it  into  some 
detector.  Objects  can  be  located  to  an  accuracy  no  greater 
than  the  wavelength  o)  the  radiation  used.  Thus,  if  we  want 
,m  accurate  position  measurement  for  an  elec  tron,  we  must 

use  a  short  wavelength.  This  means  that  photons  of  high 
energy  must  be  employed.  The  more  energy  the  photons 
have,  the  more  momentum  they  impart  to  the  electron 

when  they  strike  it,  which  changes  the  electron's  motion  in 
an  unpredictable  wav  The  attempt  to  measure  accurately 

the  electron's  position  introduces  considerable  uncertainty 
in  its  momentum;  the  act  of  measuring  the  electron's  posi- 

tion at  one  moment  makes  our  know  ledge  of  its  future  position 
inaccurate. 

Suppose,  then,  that  we  use  photons  of  longer  wavelength. 
Because  these  photons  have  lower  energy,  the  momentum  of 

the  electron  is  not  so  appreciably  changed  during  measure- 
ment, but  its  position  will  be  correspondingly  less  accurately 

known.  This  is  the  essence  of  the  uncertainty  principle:  There  is 
an  uncertainty  in  simultaneously  blowing  cither  the  position  or  the 
momentum  of  the  electron  that  cannot  be  reduced  beyond  a  certain 
minimum  level.  The  more  accurately  one  is  known,  the  less  ac- 

curately the  other  is  known.  Although  we  can  never  know  the 
exact  position  and  momentum  of  the  electron,  we  can  talk 
about  the  probability  of  its  being  at  certain  locations  in  space. 
In  Section  6.5  we  introduce  a  model  of  the  atom  that  provides 

the  probability  of  finding  electrons  of  specific  energies  at  cer- 
tain positions  in  atoms. 

Related  Exercises:  hA5  and  6.46 
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such  as  a  tennis  hall,  the  uncertainty  would  be  so  small  that  it  would  he  incon- 
sequential. In  that  case,  ;;/  is  large  and  A.v  is  out  of  the  realm  of  measurement 

and  therefore  of  no  practical  consequence. 

De  Broglie's  hypothesis  and  1  leisenberg's  uncertainty  principle  set  the 
stage  for  a  new  and  more  broadly  applicable  theory  of  atomic  structure.  In  this 
new  approach,  any  attempt  to  define  precisely  the  instantaneous  location  and 
momentum  of  the  electron  is  abandoned.  I  he  wave  nature  ot  the  electron  is  rec- 

ognized, and  its  behavior  is  described  in  terms  appropriate  to  waves.  The  result 
is  a  model  that  precisely  describes  the  energy  of  the  electron  while  describing 
its  location  not  precisely,  hut  in  terms  ot  probabilities. 

Q    GIVE  IT  SOME  THOUGHT 

What  is  the  principal  reason  that  the  uncertainty  principle  seems  very  important 

when  discussing  electrons  and  other  subatomic  particles,  but  seems  rather  unim- 
portant in  our  macroscopic  world? 

6.5  I  Quantum  Mechanics  and  Atomic  Orbitals 

In  lL'2h  the  Austrian  physicist  Erwin  Schrodinger  (1887-1961)  proposed  an 

equation,  now  known  as  Schrodinger's  wave  equation,  that  incorporates  both 
the  wavelike  behavior  and  the  particle-like  behavior  of  the  electron.  I  lis  work 
opened  a  new  way  ot  dealing  with  subatomic  particles,  known  as  either 

quantum  mechanics  or  wave  mechanics.  The  application  of  Schrodinger's  equation 
requires  advanced  calculus,  and  we  w  ill  not  be  concerned  with  the  details  of  his 

approach.  We  will,  however,  qualitatively  consider  the  results  he  obtained,  be- 

cause they  give  us  a  powerful  new  way  to  view  electronic  structure.  Let's  begin 
by  examining  the  electronic  structure  ot  the  simplest  atom,  hydrogen. 

Solving  Schrodinger's  equation  leads  to  a  series  of  mathematical  functions 
called  wave  functions  that  describe  the  electron.  These  wave  functions  are  usu- 

ally represented  by  the  symbol  '/>  (the  Greek  lowercase  letter  psi).  Although  the 
wave  function  itself  has  no  direct  physical  meaning,  the  square  of  the  wave 

function,  prov  ides  information  about  an  electron's  location  when  the  elec- 
tron is  in  an  allowed  energy  state. 

For  the  hydrogen  atom,  the  allowed  energies  are  the  same  as  those  pre- 
dicted by  the  Bohr  model.  However,  the  Bohr  model  assumes  that  the  elec- 

tron is  in  a  circular  orbit  of  some  particular  radius  about  the  nucleus.  In  the 

quantum  mechanical  model,  the  electron's  location  cannot  be  described  so 
simply.  According  to  the  uncertainty  principle,  if  we  know  the  momentum  of 
the  electron  with  high  accuracy,  our  simultaneous  knowledge  of  its  location 

is  very  uncertain.  Thus,  we  cannot  hope  to  specify  the  exact  location  of  an  in- 
dividual electron  around  the  nucleus.  Rather,  we  must  be  content  with  a  kind 

of  statistical  knowledge.  In  the  quantum  mechanical  model,  we  therefore 

speak  of  the  probability  that  the  electron  will  be  in  a  certain  region  of  space  at 
a  given  instant.  As  it  turns  out,  the  square  of  the  wave  function,  ijr,  at  a  given 
point  in  space  represents  the  probability  that  the  electron  will  be  found  at 

that  location.  For  this  reason,  i/r  is  called  either  the  probability  density  or 
the  electron  density. 

One  way  of  representing  the  probability  of  finding  the  electron  in  various 
regions  of  an  atom  is  shown  in  Figure  6.16  ►.  In  this  figure  the  density  of  the 
dots  represents  the  probability  ot  finding  the  electron.  The  regions  with  a  high 

density  of  dots  correspond  to  relatively  large  values  tor  i/r  and  are  therefore  re- 
gions where  there  is  a  high  probability  of  finding  the  electron.  In  Section  6.6  we 

will  say  more  about  the  ways  in  which  we  can  represent  electron  density. 

▲  Figure  6.16  Electron-density distribution.  This  rendo 

probability  of  where  in  the  space  surrounding  the 
nucleus  the  electron  is  to  be  found  in  <i  hydrogen 
atom  in  its  ground  stale 
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Q    G.VE.T  SOME  THOUGHT 

Is  there  a  difference  between  stating,  "The  electron  is  located  at  a  particular  point  in 
space"  and  "There  is  a  high  probability  that  the  electron  is  located  at  a  particular 

point  in  space"? 

Orbitals  and  Quantum  Numbers 

The  solution  to  Schrodinger's  equation  for  the  hydrogen  atom  yields  a  set  of 
wave  functions  and  corresponding  energies.  These  wave  functions  are  called 
orbitals.  Each  orbital  describes  a  specific  distribution  of  electron  density  in 

space,  as  given  by  the  orbital's  probability  density.  Each  orbital  therefore  has  a 
characteristic  energy  and  shape.  For  example,  the  lowest-energy  orbital  in  the 

hydrogen  atom  has  an  energy  of  -2.18  x  10  |XJ  and  the  shape  illustrated  in 
Figure  6.16.  Note  that  an  orbital  (quantum  mechanical  model)  is  not  the  same  as 

an  orbit  (Bohr  model).  The  quantum  mechanical  model  doesn't  refer  to  orbits 
because  the  motion  of  the  electron  in  an  atom  cannot  be  precisely  measured  or 
tracked  (Heisenberg  uncertainty  principle). 

The  Bohr  model  introduced  a  single  quantum  number,  n,  to  describe  an 
orbit.  The  quantum  mechanical  model  uses  three  quantum  numbers,  n,  I,  and 

activity  *°  ̂ escr'pe  tin  orbital.  Fet's  consider  w  hat  information  we  obtain  from  each Quantum  Numbers  of  these  and  how  they  are  interrelated. 

1.  The  principal  quantum  number,  n,  can  have  positive  integral  values  of  1,  2,  3, 
and  so  forth.  As  ;/  increases,  the  orbital  becomes  larger,  and  the  electron 
spends  more  time  farther  from  the  nucleus.  An  increase  in  n  also  means 
that  the  electron  has  a  higher  energy  and  is  therefore  less  tightly  bound 

to  the  nucleus.  For  the  hydrogen  atom,  E„  =  -(2.18  x  10~ls  J)(l//r),  as  in the  Bohr  model. 

2.  The  second  quantum  number — the  azimuthal  quantum  number,  I — can  have 

integral  values  from  0  to  //  —  1  for  each  value  of This  quantum  number 
defines  the  shape  of  the  orbital.  (We  will  consider  these  shapes  in  Section 

6.6.)  The  value  of  /  for  a  particular  orbital  is  generally  designated  by  the  let- 

ters s,  p,  d,  and  f*  corresponding  to  /  values  of  0, 1,  2,  and  3,  respectively,  as 
summarized  here: 

Value  of  / 0 i 2 3 

Letter  used s p d / 

3.  The  magnetic  quantum  number,  m.\,  can  have  integral  values  between  — /  and 
/,  including  zero.  This  quantum  number  describes  the  orientation  of  the  or- 

bital in  space,  as  we  will  discuss  in  Section  6.6. 

Notice  that  because  the  value  of  can  be  any  positive  integer,  there  is  an  in- 
finite number  of  orbitals  for  the  hydrogen  atom.  The  electron  in  a  hydrogen 

atom  is  described  by  only  one  of  these  orbitals  at  any  given  time — we  say  that 
the  electron  occupies  a  certain  orbital.  The  remaining  orbitals  are  unoccupied  for 

that  particular  state  of  the  hydrogen  atom.  We  will  see  that  we  are  mainly  inter- 
ested in  the  orbitals  of  the  hydrogen  atom  with  small  values  of  /;. 

Q    GIVE  IT  SOME  THOUGHT 

What  is  the  difference  between  an  orbit  (Bohr  model)  and  an  orbital  (quantum  me- 
chanical model)? 

'  I  he  letters  s,  /»,  d,  and  f  come  from  the  words  sharp,  principal,  diffuse,  and  fundamental,  which 
were  used  to  describe  certain  features  of  spectra  before  quantum  mechanics  was  developed. 
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1  TABLE  6.2    Relationship  Among  Values  of  n,  I,  and  m\  Through n  =  4 

Number  of Total  Number 
Possible Subshell Possible Orbitals  in of  Orbitals  in 

n         Values  of  / Designation Values  of  ;»/ Subshell Shell 

i         \  i I 1 1 

i ' 

I 1 
T  0 tL               1  > % i 

1 Iv 

-1 

1,0,  1 
3 4 

3S 
i ) 

i 
1 

3p 

1,0,  1 
3 

2 

id 

2, 1,0,     1,  2 5 9 
4  0 i 0 1 

1 
4/> 1,0,  -  I 

3 
2 4,/ 

2,  1,  0,  -1,-2 
5 

3 

4/ 

3,  2,  1, 1),    1,  -2,  -3 
7 

16 

The  collection  of  orbitals  with  the  same  value  of  //  is  called  an  electron 

shell.  For  example,  all  the  orbitals  that  have  //  3  are  said  to  be  in  the  third 
shell.  Further,  the  set  of  orbitals  that  have  the  same  ;/  and  /  values  is  called  a 

subshell.  Each  subshell  is  designated  by  a  number  (the  value  of  /;)  and  a  letter 

(s,  /),  d,  or  /,  corresponding  to  the  value  of  /).  lor  example,  the  orbitals  that  have 
//  =  3  and  /  =  2  are  called  3d  orbitals  and  are  in  the  3d  subshell. 

Table  6.2  ▲  summarizes  the  possible  values  ol  the  quantum  numbers  /  and 

////  for  values  of  //  through  //  =  4.  The  restrictions  on  the  possible  values  of  the 
quantum  numbers  give  rise  to  the  following  very  important  observations: 

1.  The  shell  with  principal  quantum  number  //  will  consist  of  exactly  n  subshells. 

Each  subshell  corresponds  to  a  different  allowed  value  of  /  from  0  to  n  —  1. 
Thus,  the  first  shell  (n  =  1  )  consists  of  only  one  subshell,  the  Is  (/  =  0);  the 
second  shell  (//  =  2)  consists  of  two  subshells,  the  2s  (/  :  ()j  and  2p  (/  =  1 ); 
the  third  shell  consists  of  three  subshells,  3s,  3/»,  and  3d,  and  so  forth. 

2.  Each  subshell  consists  of  a  specific  number  of  orbitals.  Each  orbital  corresponds 
to  a  different  allowed  value  of  ////.  For  a  given  value  of /,  there  are  21 

values  of /;//,  ranging  from  -/to  H.  I  bus,  each  s  ( /  =  0)  subshell 
consists  of  one  orbital;  each  p  (I  =  1 )  subshell  consists  of  three  or- 

bitals; each  d  (I  =  2)  subshell  consists  of  five  orbitals,  and  so  forth. 

3.  The  total  number  of  orbitals  in  a  shell  is  n  ,  where  ;/  is  the  prin- 
cipal quantum  number  of  the  shell.  The  resulting  number  of  or- 

bitals for  the  shells — I,  4,  9,  16 — is  related  to  a  pattern  seen  in 
the  periodic  table:  We  see  that  the  number  of  elements  in  the 

rows  of  the  periodic  table — 2,  8,  18,  and  32 — equal  twice  these 
numbers.  We  will  discuss  this  relationship  further  in  Section  h.L>. 

Figure  6.17  ►  shows  the  relativ  e  energies  of  the  hydrogen  atom  or- 
bitals through  //  =  3.  Each  box  represents  an  orbital;  orbitals  of  the 

same  subshell,  such  as  the  2p,  are  grouped  together.  When  the  electron 

occupies  the  lowest-energv  orbital  (  Is),  the  hydrogen  atom  is  said  to 
be  in  its  ground  state.  When  the  electron  occupies  any  other  orbital,  the 

atom  is  in  an  excited  state.  At  ordinary  temperatures,  essentially  all  hy- 
drogen atoms  are  in  the  ground  state.  The  electron  can  be  excited  to  a 

higher-energy  orbital  by  absorption  of  a  photon  of  appropriate  energy. 

I  al owec 

▼  Figure  6.17   Orbital  energy  levels  in 
the  hydrogen  atom.  Each  box  represents  an 
orbital.  Note  that  all  orbitals  with  the  same  value 
for  the  principal  quantum  number,  n,  have  the 
same  energy.  This  is  true  only  in  one-electron 
systems,  such  as  the  hydrogen  atom. 

9 GIVE  IT  SOME  THOI 

In  Figure  6.17,  why  is  the  energy  difference  between  the  n  1  and 

n  =  1  levels  so  much  greater  than  the  energy  difference  between  the 
n  =  1  and  n  =  3  levels? 

;/  =  2 

3d 

2s 
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Wm  SAMPLE  EXERCISE  6.6  |  Subshells  of  the  Hydrogen  Atom 

(a)  Without  referring  to  Table  6.2,  predict  the  number  of  subshells  in  the  fourth  shell, 
that  is,  for  n  =  4.  (b)  Give  the  label  for  each  of  these  subshells.  (c)  How  many  orbitals 
are  in  each  of  these  subshells? 

Analyze  and  Plan:  We  are  given  the  value  of  the  principal  quantum  number,  //.  We 
need  to  determine  the  allowed  values  of  /  and  m\  for  this  given  value  of  n  and  then 
count  the  number  of  orbitals  in  each  subshell. 

Solution  (a)  There  are  four  subshells  in  the  fourth  shell,  corresponding  to  the  four 
possible  values  of  /  (0,  1,  2,  and  3). 

(b)  These  subshells  are  labeled  4s,  4/',  Ad,  and  4/.  The  number  given  in  the  desig- 
nation ofa  subshell  is  the  principal  quantum  number,  »/;  the  letter  designates  the 

value  of  the  azimuthal  quantum  number,  /:  for  /  =  0,  s;  for  /  =  1,  p;  for  /  =  2,  d;  for /  =  3,  /. 

(c)  There  is  one  4s  orbital  (when  /  =  0,  there  is  only  one  possible  value  of  m\\  0). 
There  are  three  \p  orbitals  (when  /  =  1,  there  are  three  possible  values  of  m\\  1,  0,  and 
-1).  There  are  five  -Id  orbitals  (when  /  =  2,  there  are  five  allowed  values  of 

iuf.  2,  1,0,  -1,  -2).  There  are  seven  4/' orbitals  (when  /  =  3,  there  are  seven  permitted 
values  of      3,  2,  1,  0,  -1,  -2,  -3). 

Mm  PRACTICE  EXERCISE 

(a)  What  is  the  designation  for  the  subshell  with  >!  =  5  and  /  =  1?  (b)  How  many  or- 
bitals are  in  this  subshell7  (c)  Indicate  the  values  of  »//  for  each  of  these  orbitals. 

Answers:  (a)  5/;;  (b)  3;  (c)  1,  0,  -  1 

6.6  |  Representations  of  Orbitals  

In  our  discussion  of  orbitals  so  far,  we  have  emphasized  their  energies.  But 

the  wave  function  also  provides  information  about  the  electron's  location  in 
space  when  it  occupies  an  orbital.  Let's  examine  the  ways  that  we  can  picture 
the  orbitals.  In  doing  so,  we  will  examine  some  important  aspects  of  the 
electron-densitv  distributions  of  the  orbitals.  First,  we  will  look  at  the  three- 

dimensional  shape  of  the  orbital — is  it  spherical,  for  example,  or  does  it  have 
directionality?  Second,  we  will  examine  how  the  probability  density  changes 
as  we  move  on  a  straight  line  farther  and  farther  from  the  nucleus.  Finally,  we 

will  look  at  the  tvpical  three-dimensional  sketches  that  chemists  use  in  de- 
scribing the  orbitals. 

The  s  Orbitals 

One  representation  of  the  lowest-energv  orbital  of  the  hvdrogen  atom,  the  Is,  is 
shown  in  Figure  6.16.  This  tvpe  of  drawing,  which  shows  the  distribution  of 
electron  densitv  around  the  nucleus,  is  one  of  the  several  ways  we  use  to  help 
us  visualize  orbitals.  The  first  thing  that  we  notice  about  the  electron  density  for 

the  Is  orbital  is  that  it  is  spherically  symmetric — in  other  words,  the  electron  den- 
sity at  a  given  distance  from  the  nucleus  is  the  same  regardless  of  the  direction 

in  which  we  proceed  from  the  nucleus.  All  of  the  other  s  orbitals  (2s,  3s,  4s,  and 
so  forth)  are  spherically  symmetric  as  well. 

So  what  is  different  about  the  s  orbitals  having  different  n  quantum  num- 
bers? For  example,  how  does  the  electron-density  distribution  of  the  hydrogen 

atom  change  when  the  electron  is  excited  from  the  Is  orbital  to  the  2s  orbital?  To 
address  questions  like  this,  we  must  take  a  look  at  the  radial  probability  density, 
that  is,  the  probability  that  we  will  find  the  electron  at  a  specific  distance  from  the 
nucleus.  In  Figure  6.18  ►  we  have  plotted  the  radial  probability  density  for  the  Is 

orbital  as  a  function  of  r,  the  distance  from  the  nucleus — the  resulting  curve  is  the 
radial  probability  function  for  the  Is  orbital.  (Radial  probability  functions  are 

described  more  fully  in  the  "A  Closer  Look"  box  in  this  section.)  We  see  that  the 
probability  of  finding  the  electron  rises  rapidly  as  we  move  away  from  the  nucle- 

us, maximizing  at  a  distance  of  0.529  A  from  the  nucleus,  and  then  falls  off  rapid- 
ly. Thus,  when  the  electron  occupies  the  Is  orbital,  it  is  most  likely  to  be  found 

J  ANIMATION 
y^j    Radial  Electron  Distribution 



▲  Figure  6.18   Radial  probability  functions  for  the  Is,  2s,  and  3s  orbitals.  These  plots  show  the 
probability  of  finding  the  electron  as  a  function  of  distance  from  the  nucleus.  As  n  increases,  the  most  likely 
distance  at  which  to  find  the  electron  moves  farther  from  the  nucleus,  similar  to  the  Bohr  model.  In  the  2s  and 
3s  orbitals  the  radial  probability  function  drops  to  zero  at  certain  distances  from  the  nucleus  but  then  rises 
again.  The  points  at  which  the  probability  is  zero  are  called  nodes. 

0.529  A  from  the  nucleus* — we  still  use  the  probabilistic  description,  consistent 
with  the  uncertainty  principle.  Notice  also  that  the  probability  of  finding  the  elec- 

tron at  a  distance  greater  than  3  A  from  the  nucleus  is  essentially  zero. 
Figure  6.18(b)  shows  the  radial  probability  function  for  the  2s  orbital  of  the 

hydrogen  atom.  We  can  see  three  significant  differences  between  this  plot  and 

that  for  the  Is  orbital:  (1)  There  are  two  separate  maxima  in  the  radial  probabil- 
ity function  for  the  2s  orbital,  namely  a  small  peak  at  about  r  =  0.5  A  and  a 

much  larger  peak  at  about  r  =  3  A;  (2)  Between  these  two  peaks  is  a  point  at 
which  the  function  goes  to  zero  (at  about  r  =  1  A).  An  intermediate  point  at  which 
a  probability  function  goes  to  zero  is  called  a  node.  There  is  a  zero  probability 
of  finding  the  electron  at  a  distance  corresponding  to  a  node,  even  though  the 

electron  might  be  found  at  shorter  or  longer  distances;  (3)  The  radial  probabili- 
ty function  for  the  2s  orbital  is  significantly  broader  (more  spread  out)  than  that 

for  the  Is  orbital.  Thus,  for  the  2s  orbital,  there  is  a  larger  range  of  distances 

from  the  nucleus,  at  which  there  is  a  high  probability  of  finding  the  electron 
than  for  the  Is  orbital.  This  trend  continues  tor  the  3s  orbital,  as  shown  in 

Figure  6.18(c).  The  radial  probability  function  for  the  3s  orbital  has  three  peaks 

of  increasing  size,  with  the  largest  peak  maximizing  even  farther  from  the  nu- 
cleus (at  about  r  =  7  A)  at  which  it  has  two  nodes  and  is  even  more  spread  out. 

The  radial  probability  functions  in  Figure  h.FS  tell  us  that  as  //  increases, 
there  is  also  an  increase  in  the  most  likely  distance  from  the  nucleus  to  find  the 
electron.  In  other  words,  the  size  of  the  orbital  increases  with  increasing  n,  just 
as  it  did  in  the  Bohr  model. 

One  widely  used  method  of  representing  orbitals  is  to  display  a  boundary 
surface  that  encloses  some  substantial  portion,  sav  90%,  of  the  total  electron 
density  for  the  orbital.  For  the  s  orbitals,  these  contour  representations  are 
spheres.  The  contour  representations  of  the  1s,  2s,  and  3s  orbitals  are  shown  in 

Figure  6.19  ►.  They  all  have  the  same  shape,  but  they  differ  in  size.  Although 

2s 

▲  Figure  6.19   Contour  representations 
of  the  Is,  2s,  and  3s  orbitals.  The 
of  the  spheres  correspond  to  a  90%  probability  of 
finding  the  electron  within  each  sp 

*  In  the  quantum  mechanical  model,  the  most  probable  distance  at  which  to  find  the  electron  in  the 
Is  orbital — 0.529  A — is  identical  to  the  radius  of  the  orbit  predicted  In  liohr  tor  u  1  I  he  dist.mce 
0.529  A  is  often  called  the  Bohr  radius. 
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Probability  Density  and  Radial  Probability  Functions 

he  quantum  mechanical  description  of  the  hydrogen  atom 
requires  tli.it  we  tall  about  the  position  of  the  electron  in 

the  atom  in  a  somewhat  unfamiliar  way.  In  classical  physics, 
we  can  exactly  pinpoint  the  position  and  velocity  of  an  orbiting 
object,  such  as  a  planet  orbiting  a  star.  Under  quantum  me- 

chanics, however,  we  must  describe  the  position  of  the  electron 
in  the  hydrogen  atom  in  terms  of  probabilities  rather  than  an 
exact  location — an  exact  answer  would  violate  the  unccrtainU 

principle,  which  we  have  seen  becomes  important  when  con- 
sidering subatomic  particles.  The  information  we  need  about 

[  the  probability  of  finding  the  electron  is  contained  in  the  wave 

functions,  ih,  that  are  obtained  when  Schrodinger's  equation  is solved.  Remember  that  there  are  an  infinite  number  of  wave 

functions  (orbitals)  for  the  hydrogen  atom,  but  the  electron  can 

occupy  only  one  of  them  at  any  given  time.  Here  we  will  dis- 
cuss briefly  how  we  can  use  the  orbitals  to  obtain  radial  proba- 
bility functions,  such  as  those  in  Figure  6.18. 

In  Section  6.5  we  stated  that  the  square  of  the  wave  func- 
tion, t/r,  gives  the  probability  that  the  electron  is  at  any  one 

given  point  in  space — recall  that  this  quantity  is  called  the 
probability  density  for  the  point.  For  a  spherically  symmetric  s 
orbital,  the  value  of  <b  depends  only  on  the  distance  from  the 

nucleus,  r.  Let's  consider  a  straight  line  outward  from  the  nu- 
cleus, as  shown  in  Figure  6.20  T.  The  probability  of  finding 

the  electron  at  distance  r  from  the  nucleus  along  that  line  is 

A  sphere 
of  radius 
r around 

the  nucleus 

A  point  at distance  r 
from  the 
nucleus 

▲  Figure  6.20   Probability  at  a  point.  The  probability  density,  </'(r)2, 
gives  the  probability  that  the  electron  will  be  found  at  a  specific  point  at 

distance  r  from  the  nucleus.  The  radial  probability  function,  4-r2<//(r)2,  gives 
the  probability  that  the  electron  will  be  found  at  any  point  distance  r  from  the 
nucleus-in  other  words,  at  any  point  on  the  sphere  of  radius  r. 
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I  leight  of  graph 
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dots  as  we  move 
from  origin 

</':: 

i.  Node 

(//(r)  "  where  iji(r)  is  the  value  of  tp  at  distance  r.  Figure  6.21  T 
shows  plots  of  [■//(/')]"  as  a  function  of  r  for  the  Is,  2s,  and  3s 
orbitals  of  the  hydrogen  atom. 

You  will  notice  that  the  plots  in  Figure  6.21  look  distinct- 
ly different  from  the  radial  probability  functions  plotted  in 

Figure  6. IS.  These  two  types  of  plots  for  the  s  orbitals  are 

very  closely  related,  but  they  provide  somewhat  different  in- 
formation. The  probability  density,  ['/'(r)]2,  tells  us  the  prob- 

ability of  finding  the  election  at  a  specific  point  in  space  that 

is  at  distance  r  from  the  nucleus.  The  radial  probability  func- 
tion, which  we  will  denote  P(r),  tells  us  the  probability  of 

finding  the  electron  at  any  point  that  is  distance  r  from  the 

nucleus — in  other  words,  to  get  P(r)  we  need  to  "add  up" 
the  probabilities  of  finding  the  electron  over  all  the  points  at 
distance  r  from  the  nucleus.  The  difference  between  these  de- 

scriptions may  seem  rather  subtle,  but  mathematics  provides 
us  with  a  precise  way  to  connect  them. 

As  shown  in  Figure  6.20,  the  collection  of  points  at  dis- 
tance r  from  the  nucleus  is  simply  a  sphere  of  radius  r.  The 

probability  density  at  every  point  on  that  sphere  is  [i/f(r)]2.  To 
add  up  all  of  the  indiv  idual  probability  densities  requires  the 

use  of  calculus  and  is  beyond  the  scope  of  this  text  (in  the  lan- 

guage of  calculus  "we  integrate  the  probability  density  over 
the  surface  of  the  sphere").  The  result  we  obtain  is  easy  to  de- 

scribe, however.  The  radial  probability  function  at  distance  r, 

P(r),  is  simply  the  probability  density  at  distance  r,  ri/»(r)]2, 
multiplied  by  the  surface  area  of  the  sphere,  which  is  given  by 

the  formula  \—y~: 

(b) 

P(r 

4-r->(r); 

Thus,  the  plots  of  P(  r)  in  Figure  6.18  are  equal  to  the  plots 

nt  i'i  r)  1  in  Figure  b.21  multiplied  by  4~r2.  The  fact  that  4-r2 
increases  rapidly  as  we  move  awav  from  the  nucleus  makes 
the  two  sets  of  plots  look  v  ery  different.  For  example,  the  plot 

of  'A(r) ]2  for  the  3s  orbital  (Figure  6.21)  shows  that  the  func- 
tion generally  gets  smaller  the  farther  we  go  from  the  nucleus. 

But  when  we  multiply  by  4irr  ,  we  see  peaks  that  get  larger 

and  larger  as  we  move  away  from  the  nu- 
cleus (Figure  6.18).  We  will  see  that  the  ra- 

dial probability  functions  in  Figure  6.18 

provide  us  with  the  more  useful  informa- 
tion because  thev  tell  us  the  probability 

for  finding  the  electron  at  nil  points  dis- 
tance /'  from  the  nucleus,  not  just  one  par- 

ticular point. 
Related  Exercises:  6.48,  6.57,  6.58, 
and  6.91 

3,  /  =  0 

\odes 

(c) 

<  Figure  6.21    Probability  density 
distribution  in  Is,  2s,  and  3s  orbitals.  The 
lower  part  of  the  figure  shows  how  the  probability 

density,  <h(r)2,  varies  as  a  function  of  distance  r from  the  nucleus.  The  upper  part  of  the  figure 
shows  a  cutaway  of  the  spherical  electron  density 
in  each  of  the  s  orbitals. 



6.6 Representations  of  Orbitals 

the  details  of  how  the  electron  density  varies  w  ithin  the  contour  representa- 
tion are  lost  in  these  representations,  this  is  not  a  serious  disadvantage.  For 

more  qualitative  discussions,  the  most  important  features  of  orbitals  are  their 
relative  si/es  and  their  shapes,  which  are  adequately  displayed  by  contour 
representations. 

9 GIVE  IT  SOME  THO 

How  many  maxima  would  you  expected  to  find  in  the  radial  probability  function  for 
the  4s  orbital  of  the  hydrogen  atom?  How  many  nodes  would  you  expect  in  the  4s 
radial  probability  function? 

T  Figure  6.22   The  p  orbitals.  (a)  Electron 
density  distribution  of  a  2p  orbital,  (b)  Contour 
representations  of  the  three  p  orbitals.  Note  that 
the  subscript  on  the  orbital  label  indicates  the  axis 
along  which  the  orbital  lies. 

i 

(a) 

The  p  Orbitals 

The  distribution  of  electron  densi- 

ty for  a  2j>  orbital  is  shown  in 
Figure  6.22(a)  ►.  As  we  can  see  from 

this  figure,  the  electron  density  is 

not  distributed  in  a  spherically  sym- 
metric fashion  as  in  an  s  orbital. 

Instead,  the  electron  density  is  con- 
centrated in  two  regions  on  either 

side  of  the  nucleus,  separated  by  a 
node  at  the  nucleus.  We  say  that  this 

dumbbell-shaped  orbital  has  two  lobes.  It  is  useful  to  recall  that  we  are  making 
no  statement  of  how  the  electron  is  moving  within  the  orbital;  the  only  thing 
Figure  6.22(a)  portrays  is  the  averaged  distribution  of  the  electron  density  in  a 
2p  orbital. 

Beginning  with  the  //  =  2  shell,  each  shell  has  three  p  orbitals.  Thus,  there 
are  three  2p  orbitals,  three  3/'  orbitals,  and  so  forth.  Fach  set  of/'  orbitals  has  the 
dumbbell  shapes  shown  in  Figure  h. 22(a)  tor 
the  2p  orbitals.  For  each  value  of  ;;,  the 

three  /»  orbitals  have  the  same  size  and 
shape  but  differ  from  one  another  in 
spatial  orientation.  We  usually  represent 

p  orbitals  by  drawing  the  shape  and  ori- 
entation of  their  wave  functions,  as 

shown  in  Figure  6.22(b).  It  is  convenient 

to  label  these  as  the  px/  plf,  and  p.  orbitals. 
The  letter  subscript  indicates  the  Cartesian 

axis  along  which  the  orbital  is  oriented.*  hike  s  or- 
bitals, p  orbitals  increase  in  size  as  we  move  from  2/'  to 

3/;  to  4p,  and  so  forth. 

(b) 

The  d  and  /"Orbitals 
When  n  is  3  or  greater,  we  encounter  the  d  orbitals  (for 
which  /  =  2).  There  are  five  3d  orbitals,  five  4i/  or- 

bitals, and  so  forth.  The  different  d  orbitals  in  a  given 
shell  have  different  shapes  and  orientations  in  space,  as 

shown  in  Figure  6.23  ►.  Four  of  the  (/-orbital  contour  repre- 

sentations have  a  "four-leaf  clover"  shape,  and  each  lies  pri- 
marily in  a  plane.  The  dxyi  dxzt  and  dyz  lie  in  the  xy,  xz,  and  i/z  planes, 

d 

▲  Figure  6.23  Contour 
of  the  five  d  orbitals. 

*  We  cannot  make  a  simple  correspondence  between  the  subscripts  ( \,  i/,  and  :)  and  the  allowed  m\ 
values  (1,0,  and     I ).  To  explain  win1  this  is  so  is  beyond  the  scope  of  an  introductory  text. 



238       Chapter  6 Electronic  Structure  ot  Atoms 

respectively,  with  the  lobes  oriented  between  the  axes.  The  lobes  of  the  rfv2-i/2  or" 
bital  also  lie  in  the  xy  plane,  but  the  lobes  lie  along  the  v  and  1/  axes.  The  dz~  orbital 
looks  very  different  from  the  other  four:  It  has  two  lobes  along  the  z  axis  and  a 

"doughnut"  in  the  vi/  plane.  Even  though  the  d~  orbital  looks  different  from  the 
other  </  orbitals,  it  has  the  same  energy  as  the  other  lour  d  orbitals.  The  repre- 

sentations in  Figure  6.23  are  commonly  used  for  all  </  orbitals,  regardless  of 

principal  quantum  number. 
When  /;  is  4  or  greater,  there  are  seven  equivalent  f  orbitals  (for  which  /  =  3). 

The  shapes  of  the  /  orbitals  are  even  more  complicated  than  those  of  the  (/  or- 
bitals and  are  not  presented  here.  As  you  will  see  in  the  next  section,  howev  er, 

you  must  be  aware  of  /  orbitals  as  we  consider  the  electronic  structure  of  atoms 
in  the  lower  part  of  the  periodic  table. 

In  many  instances  later  in  the  text  you  will  find  that  knowing  the  number 

and  shapes  of  atomic  orbitals  w  ill  help  you  understand  chemistry  at  the  molec- 
ular level.  You  will  therefore  find  it  useful  to  memorize  the  shapes  of  the  or- 
bitals shown  in  Figures  6.19,  6.22,  and  6.23. 

Q    GIVE  IT  SOME  THOUGHT 

Note  in  Figure  6.22(a)  that  the  color  is  deep  pink  in  the  interior  of  each  lobe  but 
fades  to  pale  pink  at  the  edges.  What  does  this  change  in  color  represent? 

6.7  1  Many-Electron  Atoms  

One  of  our  goals  in  this  chapter  has  been  to  determine  the  electronic  structures 
of  atoms.  So  far,  we  have  seen  that  quantum  mechanics  leads  to  a  very  elegant 

description  of  the  hydrogen  atom.  This  atom,  however,  has  only  one  electron. 
How  must  our  description  of  the  electronic  structure  of  atoms  change  when  we 

consider  atoms  with  two  or  more  electrons  (a  many-electron  atom)?  To  describe 
these  atoms,  we  must  consider  not  only  the  nature  of  orbitals  and  their  relative 
energies  but  also  how  the  electrons  populate  the  av  ailable  orbitals. 

Orbitals  and  Their  Energies 

The  quantum  mechanical  model  would  not  be  very  useful  if  we  could  not  ex- 
tend what  we  have  learned  about  hydrogen  to  other  atoms.  Fortunately,  we  can 

describe  the  electronic  structure  of  a  many-electron  atom  in  terms  of  orbitals 
like  those  of  the  hydrogen  atom.  Thus,  we  can  continue  to  designate  orbitals  as 
Is,  2px ,  and  so  forth.  Further,  these  orbitals  have  the  same  general  shapes  as  the 
corresponding  hydrogen  orbitals. 

Although  the  shapes  of  the  orbitals  for  many-electron  atoms  are  the 
same  as  those  for  hydrogen,  the  presence  of  more  than  one  electron  greatly 

changes  the  energies  of  the  orbitals.  In  hydrogen  the  energy  of  an  orbital  de- 
pends only  on  its  principal  quantum  number,  /;  (Figure  6.17);  the  3s,  3p,  and 

3d  subshells  all  have  the  same  energy,  for  instance.  In  a  many-electron  atom, 
howev  er,  the  electron-electron  repulsions  cause  the  different  subshells  to  be 
at  different  energies,  as  shown  in  Figure  6.24  -4.  To  understand  why  this  is 
so,  we  must  consider  the  forces  between  the  electrons  and  how  these  forces 

are  affected  by  the  shapes  of  the  orbitals.  We  will,  however,  forgo  this  analy- 
sis until  Chapter  7. 

The  important  idea  is  this:  /;/  a  many-electron  atom,  for  a  given  value  of  n,  the 
energy  of  an  orbital  increases  with  increasing  value  of  1.  You  can  see  this  illustrated 

in  Figure  6.24.  Notice,  for  example,  that  the  ;/  =  3  orbitals  (red)  increase  in  en- 
ergy in  the  order  3s  <  3p  <  3d.  Figure  6.24  is  a  qualitative  energy-level  dia- 

gram; the  exact  energies  of  the  orbitals  and  their  spacings  differ  from  one  atom 

-4s- 
-3d- 

▲  Figure  6.24   Orb        ergy  levels  in 
many-electron  atoms.  nany-electron 
atom,  the  energies  of  the  subshells  in  each  shell 
follow  the  order  ns     np     nd     nf.  As  in 
Figure  6.17,  each  box  repres.      in  orbital. 
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to  another.  Notice  that  all  orbitals  of  a  given  subshel]  (Mich  as  the  five  3d  or- 
bitals)  still  have  the  same  energy  as  one  another,  just  as  they  do  in  the  hydrogen 
atom.  Orbitals  with  the  same  energy  are  said  to  be  degenerate. 

For  a  many-electron  atom,  can  we  predict  unambiguously  whether  the  4s  orbital  is 
lower  in  energy  or  higher  in  energy  than  the  3c/  orbitals? 

Electron  Spin  and  the  Pauli  Exclusion  Principle 

We  have  now  seen  that  we  can  use  hydrogen-like  orbitals  to  describe  many- 
electron  atoms.  What,  however,  determines  which  orbitals  the  electrons  reside 

in?  That  is,  how  do  the  electrons  of  a  mane-electron  atom  populate  the  avail- 
able orbitals?  To  answ  er  this  question,  we  must  consider  an  additional  proper- 

ty of  the  electron. 

When  scientists  studied  the  line  spectra  ot  many-electron  atoms  in  great  de- 
tail, they  noticed  a  very  puzzling  feature:  Lines  that  were  originally  thought  to 

be  single  were  actually  closely  spaced  pairs.  Ibis  meant,  in  essence,  that  there 

were  twice  as  many  energy  levels  as  there  were  "supposed"  to  be.  In  1925  the 
Dutch  physicists  George  Uhlenbeck  and  Samuel  C  ioudsmit  proposed  a  solution 
to  this  dilemma.  They  postulated  that  electrons  have  an  intrinsic  property, 
called  electron  spin,  that  causes  each  electron  to  behave  as  it  it  were  a  tiny 

sphere  spinning  on  its  own  axis. 

By  now  it  probably  does  not  surprise'  you  to  learn  that  electron  spin  is 
quantized.  This  observation  led  to  the  assignment  of  a  new  quantum  number 

for  the  electron,  in  addition  to  ;/,  /,  and  /;/;  that  we  have  already  discussed.  This 
new  quantum  number,  the  spin  magnetic  quantum  number,  is  denoted  /;/  (the 

subscript  s  stands  for  spin).  Two  possible  values  are  allowed  for  ///„,  +  \  or  —  \, 
which  was  first  interpreted  as  indicating  the  two  opposite  directions  in  which 

the  electron  can  spin.  A  spinning  charge  produces  a  magnetic  field.  The  two  op- 
posite directions  of  spin  therefore  produce  oppositely  directed  magnetic  fields, 

as  shown  in  Figure  6.25  ►.*  These  two  opposite  magnetic  fields  lead  to  the 
splitting  of  spectral  lines  into  closely  spaced  pairs. 

Electron  spin  is  crucial  for  understanding  the  electronic  structures  of 

atoms.  In  1425  the  Austrian-born  physicist  Wolfgang  Pauli  ( ls>00-ls>5K)  discov- 
ered the  principle  that  governs  the  arrangements  of  electrons  in  many-electron 

atoms.  The  Pauli  exclusion  principle  stales  that  no  two  electrons  in  an  atom  can 

have  the  same  set  of  four  quantum  numbers  n,  I,  ////,  and  ///,.  For  a  given  orbital  ( Is, 
2p  ,  and  so  forth),  the  values  of  //,  /,  and  ///>  are  fixed.  Thus,  if  we  want  to  put 
more  than  one  electron  in  an  orbital  and  satisfy  the  Pauli  exclusion  principle, 
our  only  choice  is  to  assign  different  values  to  the  electrons.  Because  there 
are  only  two  such  values,  we  conclude  that  an  orbital  can  hold  a  maximum  of  two 
electrons  and  they  must  have  opposite  spins.  This  restriction  allows  us  to  index  the 
electrons  in  an  atom,  giving  their  quantum  numbers  and  thereby  defining  the 

region  in  space  where  each  electron  is  most  likely  to  be  found.  It  also  provides 

the  key  to  cine  of  the  great  problems  in  chemistry — understanding  the  structure 
of  the  periodic  table  of  the  elements.  We  will  discuss  these  issues  in  the  next 
two  sections. 

N  S 

I  t 
S  N 

▲  Figure  6.25   Electron  spin.  The  electron 
behaves  as  if  it  were  spinning  about  an  axis, 
thereby  generating  a  magnetic  field  whose 
direction  depends  on  the  direction  of  spin.  The 
two  directions  for  the  magnetic  field  correspond 
to  the  two  possible  values  for  the  spin  quantum number,  ms 

*  As  we  discussed  earlier,  the  electron  has  both  particle-like  and  wa\  elike  properties.  I  hus,  the  pic- 
ture of  an  electron  as  a  spinning  charged  sphere  is,  strictl)  speaking,  |iist  ̂ i  useful  pictorial  repre- 

sentation that  helps  us  understand  the  two  directions  of  magnetic  field  thai  an  electron  can  possess. 
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Experimental  Evidence  for  Electron  Spin 

ven  before  electron  spin  had  been  proposed,  there  was  ex- 
perimental evidence  that  electrons  had  an  additional 

property  that  needed  explanation.  In  1921,  Otto  Stern  and 
Walter  Gerlach  succeeded  in  separating  a  beam  of  neutral 

atoms  into  two  groups  by  passing  them  through  a  nonhomo- 
geneous  magnetic  field.  Their  experiment  i->  diagrammed  in 

Figure  6.26  ►.  Let's  assume  that  they  used  a  beam  ef  hydro- 
gen atoms  (in  actuality  they  used  silver  atoms,  which  contain 

just  one  unpaired  electron).  We  would  normally  expect  that 

neutral  atoms  would  not  be  affected  by  a  magnetic  field.  How- 

ever, the  magnetic  field  arising  from  the  electron's  spin  inter- 
acts with  the  magnet's  field,  deflecting  the  atom  from  its 

straight-line  path.  As  shown  in  Figure  6.26,  the  magnetic  field 
splits  the  beam  in  two,  suggesting  that  there  are  two  (and  only 

two)  equivalent  values  for  the  electron's  own  magnetic  field. 
The  Stern-Gerlach  experiment  could  be  readily  interpreted 
once  it  was  realized  that  there  are  exactly  two  values  for  the 
spin  of  the  electron.  These  values  will  produce  equal  magnetic 
fields  that  are  opposite  in  direction. 
Related  Exercise:  6.94 

▲  Figure  6.26   The  Stern-Cerlach  experiment.  Atoms  in  which 
the  electron  spin  quantum  number  (ms)  of  the  unpaired  electron  is  -  \ 
are  deflected  in  one  direction,  and  those  in  which  ms  is  -  \  are  deflected 
in  the  other. 

6.8  |  Electron  Configurations  

Armed  with  a  knowledge  of  the  relative  energies  of  orbitals  and  the  Pauli  ex- 
clusion principle,  we  are  now  in  a  position  to  consider  the  arrangements  of 

electrons  in  atoms.  The  way  in  which  the  electrons  are  distributed  among  the 
various  orbitals  of  an  atom  is  called  the  electron  configuration  of  the  atom.  The 

most  stable  electron  configuration  of  an  atom — the  ground  state — is  that  in 
which  the  electrons  are  in  the  lowest  possible  energy  states.  If  there  were  no  re- 

strictions on  the  possible  values  for  the  quantum  numbers  of  the  electrons,  all 
the  electrons  would  crowd  into  the  Is  orbital  because  it  is  the  lowest  in  energy 

(Figure  6.24).  The  Pauli  exclusion  principle  tells  us,  however,  that  there  can  be 
at  most  two  electrons  in  any  single  orbital.  Thus,  the  orbitals  are  filled  in  order  of 

increasing  energy,  with  no  more  than  two  electrons  per  orbital.  For  example,  consid- 
er the  lithium  atom,  which  has  three  electrons.  (Recall  that  the  number  of  elec- 

trons in  a  neutral  atom  equals  its  atomic  number.)  The  Is  orbital  can 

accommodate  two  of  the  electrons.  The  third  one  goes  into  the  next  lowest  en- 

ergy orbital,  the  2s. 
We  can  represent  any  electron  configuration  by  writing  the  symbol  for  the 

occupied  subshell  and  adding  a  superscript  to  indicate  the  number  of  electrons 

in  that  subshell.  For  example,  for  lithium  we  write  ls^2s 1  (read  "Is  two,  2s 
one").  We  can  also  show  the  arrangement  of  the  electrons  as Li  nn  rr 

Is  2s 

In  this  kind  of  representation,  which  we  call  an  orbital  diagram,  each  orbital  is  de- 
noted by  a  box  and  each  electron  by  a  half  arrow.  A  half  arrow  pointing  up  (  1  ) 

represents  an  electron  with  a  positive  spin  magnetic  quantum  number 

(ms  =  +2),  and  a  half  arrow  pointing  down  (  [  )  represents  an  electron  with 

a  negative  spin  magnetic  quantum  number  (  m^  =  -\).  This  pictorial  representa- 
tion of  electron  spin  is  quite  convenient.  In  fact,  chemists  and  physicists  often 
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CI  IhMISTRY  AND  MIT  j  Nuclear  Spin  and  Magnetic  Resonance  Imaging 

A major  challenge  facing  medical  diagnosis  is  seeing  inside 
tlu'  human  body  from  the  outside.  I  ntil  recently,  this  w  as 

accomplished  primarily  by  using  \  rays  to  image  human 
bones,  muscles,  and  organs.  I  lowever,  there  are  se\  eral  draw- 

backs to  using  X  rays  tor  medical  imaging.  First,  \  rays  do  not 

give  well-resolved  images  ol  overlapping  physiological  struc- 
tures. Moreover,  because  damaged  or  diseased  tissue  often 

yields  the  same  image  as  healthy  tissue,  \  rays  frequentl)  tail 
to  detect  illness  or  injuries.  Finally,  X  rays  are  high-energ)  ra- 

diation that  can  cause  physiological  harm,  even  in  low  doses. 
In  the  1980s  a  new  technique  called  magnetn  resonance 

imaging  (MRI)  moved  to  the  forefront  of  medical  imaging  tech- 
nology. The  foundation  of  MKI  is  a  phenomenon  i  ailed  nu- 

clear magnetic  resonance  (NMR),  which  was  discovered  in  the 

mid-1940s.  Today  NMR  has  become  one  ol  the  most  important 
spectroscopic  methods  used  in  chemistry  It  is  based  on  flu-  ob- 

servation that,  like  electrons,  the  nuclei  ol  man)  elements  pos- 
sess an  intrinsic  spin.  Like  electron  spin,  nuclear  spin  is 

quantized.  For  example,  the  nucleus  of  'li  (a  proton)  has  two 
possible  magnetic  nuclear  spin  quantum  numbers,  I  \  and 
-\.  The  hydrogen  nucleus  is  the  most  (  ommon  one  studied 
by  NMR. 

A  spinning  hydrogen  nucleus  acts  like  a  tiny  magnet.  In 
the  absence  of  external  effects,  the  two  spin  states  have  the 

N 
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\ 

External 
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▲  Figure  6.27   Nuclear  spin.  Like  electron  spin,  nuclear  spin  generates 
a  small  magnetic  field  and  has  two  allowed  values.  In  the  absence  of  an 
external  magnetic  field  (left),  the  two  spin  states  have  the  same  energy. 
If  an  external  magnetic  field  is  applied  (right),  the  parallel  alignment  of  the  nuclear 
magnetic  field  is  lower  in  energy  than  the  antiparallel  alignment.  The  energy 
difference,  AF,  is  in  the  radio  frequency  portion  of  the  electromagnetic  spectrum. 

same  energy.  I  lowever,  when  the  nuclei  are  placed  in  an  exter- 
nal magnetic  field,  the)  can  align  either  parallel  or  opposed 

(antiparallel)  to  the  held,  depending  on  their  spin.  1  he  parallel 
alignment  is  lower  in  energ)  than  the  antiparallel  one  b\  a  i  er- 
tarn  amount.  AE  (Figure  6.27  ▼).  It  the  nuclei  are  irradiated 

w  ith  photons  w  ith  energy  equal  to  A/  ,  the  spin  ol  the  nuclei  ' 

can  be  "flipped,"  that  is,  excited  from  the  parallel  to  the  an- 
tiparallel alignment.  Detection  ofjthe  flipping  of  nuclei  be- 

tween the  two  spin  states  leads  to  an  \MK  spectrum.  I  he 
radiation  used  m  an  NMR  experiment  is  in  the  radiofrequenc\ 

range,  typically  100  to  900  Ml  I/. 
Because  hydrogen  is  a  major  constituent  ot  aqueous  bod\ 

fluids  and  fatty  tissue,  the  hydrogen  nucleus  is  the  most  con- 

venient one  for  study  by  MKI  In  MKI  a  person's  body  is 
placed  in  a  strong  magnetic  field.  By  irradiating  the  body  w  ith 
pulses  of  radiofrequency  radiation  and  using  sophisticated 
detection  techniques,  tissue  can  be  imaged  at  specific  depths 
within  the  body,  giving  pictures  with  spectacular  detail 
(Figure 6.28  T).  T  he  abilit)  to  sample  at  different  depths  al- 

lows medical  technicians  to  construct  a  three-dimensional  pic- 
ture of  the  body. 

MKI  has  none  ol  the  disadvantages  of  X  rays.  Diseased 
tissue  appears  ver\  different  from  health)  tissue,  resolving 
overlapping  structures  at  different  depths  in  the  body  is  much 

easier,  and  the  radiofrequency  radiation  is  not  harmful  to  hu- 
mans m  the  doses  used.  I  he  technique  has  had  such  a  pro- 
found influence  on  the  modern  practice  of  medicine  that  Paul 

Lauterbur,  a  chemist,  and  Peter  Mansfield,  a  physicist,  were 
awarded  the  2001  Nobel  Prize  m  Physiology  or  Medicine  for 
their  discoveries  concerning  MKI.  I  he  major  d rawbac  k  of  this 

technique  is  expense:  The  current  cost  of  a  new  MKI  instru- 
ment tor  clinical  applications  is  over  $1.5  million. 

Related  Exercises:  6.94  and  6.95 

<  Figure  6.28   MRI  image. 
This  image  of  a  human  head, 
obtained  using  MRI,  shows  the 
structures  of  a  normal  brain, 
airways,  and  facial  tissues 

refer  to  electrons  as  "spin-up"  and  "spin-down"  rather  than  specifying  the  value 
for  ms. 

Electrons  having  opposite  spins  are  said  to  be  paired  when  they  are  in  the 
same  orbital  (][).  An  impaired  electron  is  one  not  accompanied  by  a  partner  of 
opposite  spin.  In  the  lithium  atom  the  two  electrons  in  the  Is  orbital  are  paired 
and  the  electron  in  the  2s  orbital  is  unpaired. 
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ANIMATION 
Electron  Configurations 

Hund's  Rule 

Consider  now  how  the  electron  configurations  of  the  elements  change  as  we 
move  from  element  to  element  across  the  periodic  table.  Hydrogen  has  one 
electron,  which  occupies  the  Is  orbital  in  its  ground  state. 

I  I 

The  choice  of  a  spin-up  electron  here  is  arbitrary;  we  could  equally  well  show 
the  ground  state  with  one  spin-down  electron  in  the  Is  orbital.  It  is  customary, 
however,  to  show  unpaired  electrons  with  their  spins  up. 

The  next  element,  helium,  has  two  electrons.  Because  two  electrons  with 

opposite  spins  can  occupy  an  orbital,  both  of  helium's  electrons  are  in  the  is orbital. 
He 

The  two  electrons  present  in  helium  complete  the  filling  of  the  first  shell.  This 
arrangement  represents  a  very  stable  configuration,  as  is  evidenced  by  the 
chemical  inertness  of  helium. 

The  electron  configurations  of  lithium  and  several  elements  that  follow  it  in 
the  periodic  table  are  shown  in  Table  6.3  T.  For  the  third  electron  of  lithium,  the 
change  in  principal  quantum  number  represents  a  large  jump  in  energy  and  a 
corresponding  jump  in  the  average  distance  of  the  electron  from  the  nucleus.  It 
represents  the  start  of  a  new  shell  occupied  with  electrons.  As  you  can  see  by 
examining  the  periodic  table,  lithium  starts  a  new  row  of  the  table.  It  is  the  first 
member  of  the  alkali  metals  (group  1A). 

The  element  that  follows  lithium  is  beryllium;  its  electron  configuration  is 

ls22s2  (Table  6.3).  Boron,  atomic  number  5,  has  the  electron  configuration 
Is  2s  2p  .  The  fifth  electron  must  be  placed  in  a  2p  orbital  because  the  2s  orbital 

ACTIVITY 
Electron  Configuration 

TABLE  6.3    Electron  Configurations  of  Several  Lighter  Elements 

Total 
Element      Electrons     Orbital  Diagram 

I  j 

IV' 
I  > 

c 

N 

Ne 

No in I  I 

3s 

]□ 

Electron 

Configuration 

ls-2t 

ls22s22pl ls22s-2p 

ls22s22^3 

ls22s22p6 

ls22s22p63s: 
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is  filled.  Because  all  the  three  2/'  orbitals  are  of  equal  energy,  it  doesn't  matter 
which  2p  orbital  is  occupied. 

With  the  next  element,  carbon,  we  encounter  a  new  situation.  We  know  that 

the  sixth  electron  must  go  into  a  2/'  orbital.  1  lowever,  does  this  new  electron  go 

into  the  2p  orbital  that  already  has  one  electron,  or  into  one  of  the  other  two  2/' 

orbitals?  Ibis  question  is  answered  by  Hund's  rule,  which  states  that  for  degen- 
erate orbitals,  the  lowest  energy  is  attained  when  the  number  of  electrons  with  the  same 

spin  is  maximized.  This  means  that  electrons  will  occupy  orbitals  singly  to  the 
maximum  extent  possible  and  that  these  single  electrons  in  a  given  subshell 
will  all  have  the  same  spin  magnetic  quantum  number.  Electrons  arranged  in 

this  way  are  said  to  have  parallel  spins.  For  a  carbon  atom  to  achieve  its  low  est 
energy,  therefore,  the  two  2p  electrons  will  have  the  same  spin.  In  order  for  this 
to  happen,  the  electrons  must  be  in  different  2p  orbitals,  as  shown  in  Table  6.3. 
Thus,  a  carbon  atom  in  its  ground  state  has  two  unpaired  electrons.  Similarly, 

for  nitrogen  in  its  ground  state,  Hund's  rule  requires  that  the  three  2p  electrons 
singly  occupy  each  of  the  three  2p  orbitals.  I  his  is  the  onlv  wav  that  all  three 
electrons  can  have  the  same  spin,  for  oxygen  and  fluorine,  we  place  four  and 

five  electrons,  respectively,  in  the  2p  orbitals.  lb  achieve  this,  we  pair  up  elec- 
trons in  the  2p  orbitals,  as  we  will  see  in  Sample  Exercise  6.7. 

Hund's  rule  is  based  in  part  on  tin-  fact  that  electrons  repel  one  another.  By 
occupying  different  orbitals,  the  electrons  remain  as  tar  as  possible  from  one 

another,  thus  minimizing  electron-electron  repulsions. 

H  SAMPLE  EXERCISE  6.7  |  Orbital  Diagrams  and  Electron  Configurations 

Draw  the  orbital  diagram  for  the  election  configuration  of  oxvgen,  atomic  number  8. 
How  many  unpaired  electrons  does  an  oxygen  atom  possess? 

Solution 

Analyze  and  Plan:  Because  oxygen  has  an  atomic  number  of  8,  each  oxygen  atom 
has  8  electrons.  Figure  6.24  shows  the  ordering  of  orbitals.  The  electrons  (represented 
as  arrows)  are  placed  in  the  orbitals  (represented  as  boxes)  beginning  with  the 
lowest-energy  orbital,  the  Is.  Each  orbital  can  hold  a  maximum  of  two  electrons  (the 
Pauli  exclusion  principle).  Because  the  2p  orbitals  are  degenerate,  we  place  one  elec- 

tron in  each  of  these  orbitals  (spin-up)  before  pairing  any  electrons  (I  hind's  rule). 
Solve:  Two  electrons  each  go  into  the  Is  and  2s  orbitals  with  their  spins  paired  This 

leaves  four  electrons  for  the  three  degenerate  2p  orbitals.  Following  1  kind's  rule,  we 
put  one  electron  into  each  2p  orbital  until  all  three  orbitals  have  one  electron  each. 
The  fourth  electron  is  then  paired  up  with  one  of  the  three  electrons  already  in  a  2/' 
orbital,  so  that  the  representation  is 

11        11        11     1  1 

Is        2s  2p 

The  corresponding  electron  configuration  is  written  ls~2s~2/d.  The  atom  has  two  un- 
paired electrons. 

■I  PRACTICE  EXERCISE 

(a)  Write  the  electron  configuration  for  phosphorus,  element  15.  (b)  How  many  im- 
paired electrons  does  a  phosphorus  atom  possess1 

Ansivers:  (a)  ls22s22p63s23/73,  (b)  three 

Condensed  Electron  Configurations 

The  filling  of  the  2p  subshell  is  complete  at  neon  (Table  6.3),  which  has  a  stable 
configuration  with  eight  electrons  (an  octet)  in  the  outermost  occupied  shell. 
The  next  element,  sodium,  atomic  number  II,  marks  the  beginning  of  a  new 
row  of  the  periodic  table.  Sodium  has  a  single  3s  electron  beyond  the  stable 
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configuration  of  neon.  We  con  therefore  abbreviate  the  electron  configuration 
of  sodium  as 

Na:  [Ne] 

The  symbol  [Ne]  represents  the  electron  configuration  of  the  ten  electrons  of 

neon,  Is  2s  2p  .  Writing  the  electron  configuration  as  [Ne]3s  helps  focus  at- 
tention on  the  outermost  electrons  of  the  atom,  which  are  the  ones  largely  re- 

sponsible for  the  chemical  behavior  of  an  element. 
We  can  generalize  what  we  have  just  done  for  the  electron  configuration  of 

sodium:  In  writing  the  condensed  electron  configuration  of  an  element,  the  elec- 

tron configuration  of  the  nearest  noble-gas  element  of  lower  atomic  number  is 
represented  by  its  chemical  symbol  in  brackets.  For  example,  we  can  write  the 
electron  configuration  of  lithium  as 

Li:  |He]2s' We  refer  to  the  electrons  represented  by  the  symbol  for  a  noble  gas  as  the 

noble-gas  core  of  the  atom.  More  usually,  these  inner-shell  electrons  are  referred 
to  merely  as  the  core  electrons.  The  electrons  given  after  the  noble-gas  core  are 
called  the  outer-shell  electrons.  The  outer-shell  electrons  include  the  electrons  in- 
volved  in  chemical  bonding,  which  are  called  the  valence  electrons.  For  ligher 

elements  (those  with  atomic  number  of  30  or  less),  all  of  the  outer-shell  elec- 
trons are  valence  electrons.  As  we  will  discuss  later,  many  of  the  heavier  ele- 

ments have  completely  filled  subshells  in  their  outer-shell  electrons  that  are  not 
involved  in  bonding  and  are  therefore  not  considered  valence  electrons. 

By  comparing  the  condensed  electron  configuration  of  lithium  with  that  of 
sodium,  we  can  appreciate  why  these  two  elements  are  so  similar  chemically: 
Thev  have  the  same  type  of  electron  configuration  in  the  outermost  occupied 

shell.  Indeed,  all  the  members  of  the  alkali  metal  group  (1  A)  have  a  single  s  va- 
lence electron  beyond  a  noble-gas  configuration. 

Transition  Metals 

The  noble-gas  element  arg^on  marks  the  end  of  the  row  started  by  sodium.  The  con- 
figuration for  argon  is  Is  2s  2p63s  3p6.  The  element  following  argon  in  the  peri- 

odic table  is  potassium  (K),  atomic  number  lc).  In  all  its  chemical  properties, 
potassium  is  clearly  a  member  of  the  alkali  metal  group.  The  experimental  facts 
about  the  properties  of  potassium  leave  no  doubt  that  the  outermost  electron  of  this 
element  occupies  an  s  orbital.  But  this  means  that  the  electron  that  has  the  highest 
energy  has  not  gone  into  a  3<f  orbital,  which  we  might  have  expected  it  to  do.  Here 
the  ordering  of  energy  levels  is  such  that  the  4s  orbital  is  lower  in  energy  than  the 
3d  (Figure  6.24).  Hence,  the  condensed  electron  configuration  of  potassium  is 

K:  [Ar]4>' Following  complete  filling  of  the  4s  orbital  (this  occurs  in  the  calcium  atom),  the 
next  set  of  orbitals  to  be  filled  is  the  3d.  (You  will  find  it  helpful  as  we  go  along 

to  refer  often  to  the  periodic  table  on  the  front  inside  cover.)  Beginning  with 

scandium  and  extending  through  zinc,  electrons  are  added  to  the  five  3d  or- 
bitals until  thev  are  completely  filled.  Thus,  the  fourth  row  of  the  periodic  table 

is  ten  elements  wider  than  the  two  previous  rows.  These  ten  elements  are 
known  as  either  transition  elements  or  transition  metals.  Note  the  position  of 
these  elements  in  the  periodic  table. 

In  deriving  the  electron  configurations  of  the  transition  elements,  the  or- 
bitals are  filled  in  accordance  with  Hund's  rule — electrons  are  added  to  the  3d 

orbitals  singly  until  all  five  orbitals  have  one  electron  each.  Additional  electrons 
are  then  placed  in  the  3d  orbitals  with  spin  pairing  until  the  shell  is  completely 
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filled.  The  condensed  electron  configurations  and  the  corresponding  orbital  di- 
agram  representations  of  two  transition  elements  are  as  follows: 

4s  3d 

Mn:  [Ar]4s23d5     or  [Ar 

Zn:  |Ar|4sJ3«/'"    or  [Ai 

Once  all  the  3d  orbitals  have  been  filled  with  two  electrons  each,  the  4/' 
orbitals  begin  to  be  occupied  until  the  completed  octet  of  outer  electrons 

(4s24/j(1)  is  reached  with  krypton  (Kr),  atomic  number  36,  another  of  the  noble 
gases.  Rubidium  (Rb)  marks  the  beginning  of  the  fifth  row.  Refer  again  to  the 
periodic  table  on  the  front  inside  cover.  Notice  that  this  row  is  in  every  respect 
like  the  preceding  one,  except  that  the  value  for  //  is  greater  by  I. 

9 GIVE  IT  SOME  THOUGHT 

Based  on  the  structure  of  the  periodic  table,  which  becomes  occupied  first,  the  6s 
orbital  or  the  5d  orbitals? 

The  Lanthanides  and  Actinides 

The  sixth  row  of  the  periodic  table  begins  similarly  to  the  preceding  one:  one  elec- 
tron in  the  6s  orbital  of  cesium  (Cs)  and  two  electrons  in  the  6s  orbital  of  barium 

(Ba).  Notice,  however,  that  the  periodic  table  then  has  a  break,  and  the  subse- 
quent set  of  elements  (elements  57-70)  is  placed  below  the  main  portion  of  the 

table.  It  is  at  this  place  that  we  begin  to  encounter  a  new  set  of  orbitals,  the  4/. 
There  are  seven  degenerate  4f  orbitals,  corresponding  to  the  seven  allowed 

values  of  ////,  ranging  from  3  to  -3.  Thus,  it  takes  14  electrons  to  fill  the  4/  or- 
bitals completelv.  The  14  elements  corresponding  to  the  filling  of  the  4/  orbitals 

are  known  as  either  the  lanthanide  elements  or  the  rare  earth  elements.  They 

are  set  below  the  other  elements  to  avoid  making  tin-  periodic  table  unduly 
wide.  The  properties  of  the  lanthanide  elements  are  all  quite  similar,  and  these 
elements  occur  together  in  nature.  For  many  years  it  was  virtually  impossible 
to  separate  them  from  one  another. 

Because  the  energies  of  the  4/  and  5d  orbitals  are  very  close  to  each  other, 
the  electron  configurations  of  some  of  the  lanthanides  involve  5d  electrons.  For 
example,  the  elements  lanthanum  (La),  cerium  (Ce),  and  praseodymium  (Pr) 
have  the  following  electron  configurations: 

[Xe]6s25rf1        [Xe]6s25d,4/1  [Xe]6s24/3 
Lanthanum  Cerium  Praseodymium 

Because  La  has  a  single  5d  electron,  it  is  sometimes  placed  below  yttrium 
(Y)  as  the  first  member  of  the  third  series  of  transition  elements,  and  Ce  is  then 

placed  as  the  first  member  of  the  lanthanides.  Based  on  their  chemistry,  howev- 
er, La  can  be  considered  the  first  element  in  the  lanthanide  series.  Arranged  this 

way,  there  are  fewer  apparent  exceptions  to  the  regular  filling  of  the  4/  orbitals 
among  the  subsequent  members  of  the  series. 

After  the  lanthanide  series,  the  third  transition  element  series  is  completed 
by  the  filling  of  the  5d  orbitals,  followed  by  the  filling  of  the  6p  orbitals.  This 

brings  us  to  radon  (Rn),  heav  iest  of  the  known  noble-gas  elements. 
The  final  row  of  the  periodic  table  begins  by  filling  the  7s  orbitals.  The 

actinide  elements,  of  which  uranium  (U,  element  c'2)  and  plutonium  (Pu,  ele- 
ment 94)  are  the  best  known,  are  then  built  up  by  completing  the  5/  orbitals.  The 

actinide  elements  are  radioactiv  e,  and  most  of  them  are  not  found  in  nature. 
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TABLE  6.4  Electron  Configurations 
of  the  Group  2A  and  3A  Elements 

Group  2 A 

Be Mg 

Sr 
Ba 
Ra 

[He]2s 
[Ne]3s 

[ArI4s; 
[Kr]5s: 
[Xe]6s: 
[Rn]7s: Group  3A 

B 

Al 
Ga 
In 

11 

[He]2s-y 

[Ne]3s23p' 

[Ar]3rf104s2 
[Kr]4rf105s2 
[Xe]4fu5d 

V 

°6s26p1 

1 
2s -  2p  -  1  
3s 

-* — 

-  3p  - — 1  
4s -3d- 

4p 

 1  
5s -  4rf  - -5p- 
 1  

6s 
 1  
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 1  7s 
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i  1  
-  6d  - 
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-4/- 
 1  

5f 

I     I  Representative  s-block 
elements 

I     I  Transition  metals 

▲  Figure  6.29   Regions  of  the  periodic 
table.  This  block  diagram  of  the  periodic  table 
shows  the  order  in  which  electrons  are  added  to 
orbitals  as  we  move  through  the  table  from 
beginning  to  end. 

6.9  |  Electron  Configurations  and  the  Periodic  Table 

Our  rather  brief  survey  of  electron  configurations  of  the  elements  has  taken  us 
through  the  periodic  table.  We  have  seen  that  the  electron  configurations  of  the 
elements  are  related  to  their  locations  in  the  periodic  table.  The  periodic  table  is 

structured  so  that  elements  with  the  same  pattern  of  outer-shell  (valence)  elec- 
tron configuration  are  arranged  in  columns,  lor  example,  the  electron  configu- 

rations for  the  elements  in  groups  2A  and  3A  are  given  in  Table  6.4  4.  We  see 
that  the  2A  elements  all  have  ns  outer  configurations,  while  the  .3 A  elements  all 

have  ns  rip  configurations. 
Earlier,  in  Table  6.2,  we  saw  that  the  total  number  of  orbitals  in  each  shell  is 

equal  to  n  :  1,  4,  4,  or  16.  Because  each  orbital  can  hold  two  electrons,  each  shell 
can  accommodate  up  to  2/r  electrons:  2,  8,  IS,  or  32.  The  structure  of  the  periodic 
table  reflects  this  orbital  structure.  The  first  row  has  two  elements,  the  second  and 

third  rows  have  eight  elements,  the  fourth  and  fifth  rows  have  IS  elements,  and 
the  sixth  row  has  32  elements  (including  the  lanthanide  metals).  Some  of  the 
numbers  repeat  because  we  reach  the  end  of  a  row  of  the  periodic  table  before  a 

shell  completely  fills.  For  example,  the  third  row  has  eight  elements,  which  corre- 
sponds to  filling  the  3s  and  3/'  orbitals.  The  remaining  orbitals  of  the  third  shell, 

the  3d  orbitals,  do  not  begin  to  fill  until  the  fourth  row  of  the  periodic  table  (and 

after  the  4s  orbital  is  filled).  Likewise,  the  4if  orbitals  don't  begin  to  fill  until  the 

fifth  row  of  the  table,  and  the  4/"  orbitals  don't  begin  filling  until  the  sixth  row. 
All  these  observations  are  evident  in  the  structure  of  the  periodic  table.  For 

this  reason,  we  will  emphasize  that  the  periodic  table  is  i/our  best  guide  to  the  order  in 

which  orbitals  are  filled.  You  can  easily  write  the  electron  configuration  of  an  ele- 
ment based  on  its  location  in  the  periodic  table.  The 

pattern  is  summarized  in  Figure  6.29  -4.  Notice  that  the 
elements  can  be  grouped  by  the  type  of  orbital  into  which 

the  electrons  are  placed.  On  the  left  are  tivo  columns  of  ele- 

ments, depicted  in  blue.  These  elements,  known  as  the  al- 
kali metals  (group  1A)  and  alkaline  earth  metals  (group 

2A),  are  those  in  which  the  valence  s  orbitals  are  being 
filled.  On  the  right  is  a  pink  block  of  six  columns.  These  are 
the  elements  in  which  the  valence  p  orbitals  are  being 

filled.  The  s  block  and  the  p  block  of  the  periodic  table  to- 

gether are  the  representative  elements,  which  are  some- 
times called  the  main-group  elements. 

In  the  middle  of  Figure  6.29  is  a  gold  block  of  ten 
columns  containing  the  transition  metals.  These  are  the 
elements  in  which  the  valence  d  orbitals  are  being  filled. 

Below  the  main  portion  of  the  table  are  two  tan  rows  con- 
taining 14  columns.  These  elements  are  often  referred  to 

as  the /-block  metals  because  they  are  the  ones  in  which  the  valence  f  orbitals 
are  being  filled.  Recall  that  the  numbers  2,  6,  10,  and  14  are  precisely  the  number 
of  electrons  that  can  fill  the  s,  p,  d,  and  f  subshells,  respectively.  Recall  also  that 
the  Is  subshell  is  the  first  s  subshell,  the  2/'  is  the  first  p  subshell,  the  3d  is  the  first 
d  subshell,  and  the  4/  is  the  first  f  subshell. 

Is 

1     I  Representative  pblock 
elements 

I     I  /-Block  metals 

H  SAMPLE  EXERCISE  6.8  |  Electron  Configurations  for  a  Group 

What  is  the  characteristic  valence  electron  configuration  of  the  group  7  A  elements, 
the  halogens? 

Solution 

Analyze  and  Plan:  We  first  locate  the  halogens  in  the  periodic  table,  write  the  elec- 
tron configurations  for  the  first  two  elements,  and  then  determine  the  general  simi- 
larity between  them. 
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Solve:  The  first  member  of  tine  halogen  group  is  fluorine,  atomic  number  9.  The  con- 
densed electron  configuration  for  fluorine  is 

F:  [He]2s22p5 
Similarlv,  that  for  chlorine,  the  second  halogen,  is 

CI:  [Ne]3s23p5 
From  these  two  examples,  we  see  that  the  characteristic  valence  electron  configura- 

tion of  a  halogen  is  n^'iip^,  where  //  ranges  from  2  in  the  case  of  fluorine  to  6  in  the case  of  astatine. 

«1  PRACTICE  EXERCISE 

Which  family  of  elements  is  characterized  by  an  ns  np  electron  configuration  in  the 
outermost  occupied  shell? 
Answer:  group  4A 

■■  SAMPLE  EXERCISE  6.9  |  Electron  Configurations  from  the  Periodic  Table 

(a)  Write  the  electron  configuration  for  bismuth,  element  number  SI.  (b)  Write  the 
condensed  electron  configuration  for  this  element,  (c)  I  low  many  unpaired  electrons 

does  each  atom  of  bismuth  possess1 

Solution  (a)  We  write  the  ele<  tron  configuration  b\  mo\  ing  a<  ross  the  periodic  table 
one  row  at  a  time  and  writing  the  occupancies  of  the  orbital  corresponding  to  each 
row  (refer  to  Figure  6.29). 

First  row  Is 

Second  row  2s~2/>h 

Third  row  3s23/)h 
Fourth  row  4s23d104p6 

Fifth  row  5sHdl05p6 

Sixth  row  6s24/145i/106p3 

Total:  l^22s22//^ls:3//^l^/1,U^:4//U^/l'U/l4T^25//15^fln6^;:(-,;^, 

Note  that  3  is  the  lowest  possible  value  that  n  may  have  for  a  d  orbital  and  that  4  is  the 
lowest  possible  value  of  n  for  an  /  orbital. 

The  total  of  the  superscripted  numbers  should  equal  the  atomic  number  of 

bismuth,  83.  The  electrons  may  be  listed,  as  show  n  above  in  the  "Total"  row,  in 
the  order  of  increasing  principal  quantum  number.  I  lowever,  it  is  equally  correct 
to  list  the  orbitals  in  the  order  in  which  they  are  read  from  Figure  h.2L>: 
ls22s22p63s23/J64s23rf,04/765s24rf,05^66s24/145rf106^3r! 

(b)  We  w  rite  the  condensed  electron  configuration  by  locating  bismuth  on  the 
periodic  table  and  then  moving  backward  to  the  nearest  noble  gas,  which  is  Xe,  ele- 

ment 54.  Thus,  the  noble-gas  core  is  [Xe].  The  outer  electrons  are  then  read  from  the 
periodic  table  as  before.  Moving  from  Xe  to  Cs,  element  55,  we  find  ourselves  in  the 
sixth  row.  Moving  across  this  row  to  Bi  gives  us  the  outer  electrons.  Thus,  the  abbre- 

viated electron  configuration  is  [Xe]6s24/145rf106p3  or  [Xe]4/145d106s26p3. 
(c)  We  can  see  from  the  abbreviated  electron  configuration  that  the  only  partial- 

ly occupied  subshell  is  the  h/>.  The  orbital  diagram  representation  for  this  subshell  is 

In  accordance  with  Hund's  rule,  the  three  bp  electrons  occupy  the  three  6p  or- 
bitals singly,  with  their  spins  parallel.  Thus,  there  are  three  unpaired  electrons  in  each 

atom  of  bismuth. 

WM  PRACTICE  EXERCISE 

Use  the  periodic  table  to  write  the  condensed  electron  configurations  lor  (a)  Co 
(atomic  number  27),  (b)  Te  (atomic  number  52). 

Answers:  (a)  [Ar]4s23(f  or  [Ar]3i/74s2,  (b)  (Kr|5s24(/l"5/»l  or  [Kr]4d105s25^4 
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Figure  6.30   Valence  electron  configurations  of  the  elements. 
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Figure  6.3(1  ▲  gives  the  valence  ground-state  electron  configurations  for  all 
the  elements.  You  can  use  this  figure  to  check  your  answers  as  you  practice 

writing  electron  configurations.  We  have  written  these  configurations  with  or- 
bitals  listed  in  order  of  increasing  principal  quantum  number.  As  we  saw  in 
Sample  Exercise  6.9,  the  orbitals  can  also  be  listed  in  order  of  filling,  as  they 
would  be  read  off  the  periodic  table. 

The  electron  configurations  in  Figure  6.30  allow  us  to  reexamine  the  con- 
cept of  valence  electrons.  Notice,  for  example,  that  as  we  proceed  from 

CI  ( [Ne]3s23/75)  to  Br  ( [Ar]3i7104s24^)  we  have  added  a  complete  subshell  of  3d 
electrons  to  the  outer-shell  electrons  beyond  the  noble-gas  core  of  Ar.  Although 
the  3<f  electrons  are  outer-shell  electrons,  thev  are  not  invoked  in  chemical 

bonding  and  are  therefore  not  considered  valence  electrons.  Thus,  we  consider 

only  the  4s  and  4/»  electrons  of  Br  to  be  valence  electrons.  Similarly,  if  we  com- 

pare the  electron  configuration  of  Ag  and  Au,  Au  has  a  completely  full  4/ 14 
subshell  bevond  its  noble-gas  core,  but  those  4/  electrons  are  not  involved  in 
bonding.  In  general,  for  representative  elements  we  do  not  consider  completely  full  d 

o/-  f  subshells  to  be  among  the  valence  electrons,  and  for  transition  elements  we  likewise 
do  not  consider  a  completely  full  f  subshell  to  be  among  the  valence  electrons. 
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Anomalous  Electron  Configurations 

If  you  inspect  Figure  6.30  closely,  you  will  see  that  the  electron  configurations  ol 

certain  elements  appear  to  violate  the  rules  we  have  just  discussed.  For  exam- 
ple, the  electron  configuration  of  chromium  is  [Ar]3ff  4s  rather  than  the 

[Ar]3rf  4s  configuration  we  might  have  expected.  Similarly,  the  configuration 

of  copper  is  [Ar]3rf104s1  instead  of  [Ar]3tr4s2.  This  anomalous  behavior  is 
largely  a  consequence  of  the  closeness  of  the  3d  and  4s  orbital  energies.  It  fre- 

quently occurs  when  there  are  enough  electrons  to  lead  to  precisely  halt-filled 
sets  of  degenerate  orbitals  (as  in  chromium)  or  to  completely  fill  a  d  subshell  (as 
in  copper).  There  are  a  few  similar  cases  among  the  heavier  transition  metals 

(those  with  partially  tilled  4d  or  5d  orbitals)  and  among  the  /  -block  metals.  Al- 
though these  minor  departures  from  the  expected  arc  interesting,  they  are  not 

of  great  chemical  significance. 

Q    GIVE  IT  SOME  THOUGHT 

The  elements  Ni,  Pd,  and  Pt  are  all  in  the  same  group.  By  examining  the  electron 
configurations  for  these  elements  in  Figure  6.30,  what  can  you  conclude  about  the 
relative  energies  of  the  nd  and  (n      1  )s  orbitals  for  this  group? 

■  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

Boron,  atomic  number  5,  occurs  naturally  as  two  isotopes,  l0B  and  '  B,  with  natural 
abundances  of  19.9%  and  80.1%,  respectively,  (a)  In  what  ways  do  the  two  isotopes 

differ  from  each  other?  Does  the  electronic  configuration  of  "B  differ  from  that  ol 
"B?  (b)  Draw  the  orbital  diagram  for  an  atom  of  n13.  Which  electrons  are  the  v  a- 

lence electrons?  (c)  Indicate  three  major  ways  in  which  the  Is  electrons  in  boron  dif- 
fer from  the  2s  electrons  in  the  atom,  (d)  Elemental  boron  reacts  with  fluorine  to 

form  BF-i,  a  gas.  Write  a  balanced  chemical  equation  for  the  reaction  of  solid  boron 
with  fluorine  gas.  (e)  A//,  tor  BF-,(;S')  is  ]  H^.h  k|  mol  .  Calculate  the  standard  en- 

thalpy change  in  the  reaction  of  boron  with  fluorine,  (f)  When  BCh,  also  a  gas  at 
room  temperature,  comes  into  contact  with  water,  the  two  react  to  form  hydrochlo- 

ric acid  and  boric  acid,  H3BO3,  a  very  weak  acid  in  water.  Write  a  balanced  net  ionic 
equation  for  this  reaction. 

Solution  (a)  The  two  nuclides  of  boron  differ  in  the  number  ot  neutrons  in  the  nu- 
cleus. I   Each  ot  the  nuclides  contains  five  protons,  but  B 

contains  five  neutrons,  whereas  1 1 B  contains  six  neutrons  I  he  two  isotopes  of  boron 
have  identical  electron  configurations,  Is  2s  2p  ,  because  each  has  five  electrons, 

(b)  The  complete  orbital  diagram  is 

The  valence  electrons  are  the  ones  in  the  outermost  occupied  shell,  the  2s2  and  2p] 
electrons.  The  Is  electrons  constitute  the  core  electrons,  which  we  represent  as  |l  le| 
when  we  write  the  condensed  electron  configuration,  |l  Ie]2s  2p  . 

(c)  The  Is  and  2s  orbitals  are  both  spherical,  but  thev  differ  in  three  important  re- 
spects: First,  the  Is  orbital  is  lower  in  energy  than  the  2s  orbital.  Second,  the  average 

distance  of  the  2s  electrons  from  the  nucleus  is  greater  than  that  of  the  Is  electrons,  so 
the  Is  orbital  is  smaller  than  the  2s.  Third,  the  2s  orbital  has  one  node,  whereas  the  Is 
orbital  has  no  nodes  (Figure  6.  L8). 

(d)  The  balanced  chemical  equation  is 

2  B(s)  +  3  F:(X)   ►  2  BF3(£) 

(e)  AH°  =  2(-1135.6)  -  [0  +  0]  =  -2271.2  kj.  The  reaction  is  strongly  exothermic. 
(f)  BCI3(g)  +  3H20(7)   ►  H3B03(fl<7)  f  3H>^)  +  3C1  (aq).  Note  that  be- 

cause H3BO^  is  a  very  weak  acid,  its  chemical  formula  is  written  in  molecular  form, 
as  discussed  in  Section  4.3. 
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SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  6.1    The  electronic  structure 

of  an  atom  describes  the  energies  and  arrangement  of  elec- 
trons around  the  atom.  Much  of  what  is  known  about  the 

electronic  structure  of  atoms  was  obtained  by  observing  the 
interaction  of  light  with  matter.  Visible  light  and  other 
forms  of  electromagnetic  radiation  (also  known  as  radiant 

energy)  move  through  a  vacuum  at  the  speed  of  light, 

c  =  3.00  X  10  m/s.  Electromagnetic  radiation  has  both 
electric  and  magnetic  components  that  vary  periodically  in 
wavelike  fashion.  The  wave  characteristics  of  radiant  ener- 

gy allow  it  to  be  described  in  terms  of  wavelength,  A,  and 

frequency,  v,  which  are  interrelated:  kv  =  c. 

Section  6.2  Planck  proposed  that  the  minimum  amount 
of  radiant  energy  that  an  object  can  gain  or  lose  is  related  to 

the  frequency  of  the  radiation:  E  =  /;/'.  This  smallest  quan- 
tity is  called  a  quantum  of  energy.  The  constant  h  is  called 

Planck's  constant:  //  =  6.626  X  10  J-s.  In  the  quantum 
theory,  energy  is  quantized,  meaning  that  it  can  have  only 
certain  allowed  values.  Einstein  used  the  quantum  theory 
to  explain  the  photoelectric  effect,  the  emission  of  electrons 

from  metal  surfaces  by  light.  He  proposed  that  light  be- 
haves as  if  it  consists  of  quantized  energy  packets  called 

photons.  Each  photon  carries  energy  E  =  hv. 

Section  6.3  Dispersion  of  radiation  into  its  component 

wavelengths  produces  a  spectrum.  If  the  spectrum  con- 
tains all  wavelengths,  it  is  called  a  continuous  spectrum; 

if  it  contains  only  certain  specific  wavelengths,  the  spec- 
trum is  called  a  line  spectrum.  The  radiation  emitted  by 

excited  hydrogen  atoms  forms  a  line  spectrum;  the  fre- 
quencies observed  in  the  spectrum  follow  a  simple  math- 
ematical relationship  that  involves  small  integers. 

Bohr  proposed  a  model  of  the  hydrogen  atom  that 
explains  its  line  spectrum.  In  this  model  the  energy  of  the 
hydrogen  atom  depends  on  the  value  of  a  number  n, 
called  the  quantum  number.  The  value  of  n  must  be  a 

positive  integer  (1,2,3,...),  and  each  value  of  n  corre- 
sponds to  a  different  specific  energy,  E„.  The  energy  of 

the  atom  increases  as  n  increases.  The  lowest  energy  is 

achieved  for  n  =  1;  this  is  called  the  ground  state  of  the 
hydrogen  atom.  Other  values  of  n  correspond  to  excited 
states  of  the  atom.  Light  is  emitted  when  the  electron 

drops  from  a  higher  energy  state  to  a  lower  energy  state; 
light  must  be  absorbed  to  excite  the  electron  from  a  lower 

energy  state  to  a  higher  one.  The  frequency  of  light  emit- 
ted or  absorbed  must  be  such  that  hv  equals  the  differ- 

ence in  energy  between  two  allowed  states  of  the  atom. 

Section  6.4  De  Broglie  proposed  that  matter,  such  as 

electrons,  should  exhibit  wavelike  properties;  this  hy- 
pothesis of  matter  waves  was  proved  experimentally 

by  observing  the  diffraction  of  electrons.  An  object 

has  a  characteristic  wavelength  that  depends  on  its 

momentum,  mv:  A  //  mv.  Discov  ery  of  the  wave  prop- 

erties ot  the  electron  led  to  Heisenberg's  uncertainty 

principle,  which  states  that  there  is  an  inherent  limit  to 
the  accuracy  with  which  the  position  and  momentum 
of  a  particle  can  be  measured  simultaneously. 

Section  6.5  In  the  quantum  mechanical  model  of  the 
hydrogen  atom,  the  behavior  of  the  electron  is  described 

by  mathematical  functions  called  wave  functions,  denot- 
ed with  the  Greek  letter  ip.  Each  allowed  wave  function 

has  a  precisely  known  energy,  but  the  location  of  the  elec- 
tron cannot  be  determined  exactly;  rather,  the  probability 

of  it  being  at  a  particular  point  in  space  is  given  by  the 

probability  density,  i/r.  The  electron  density  distribu- 
tion is  a  map  of  the  probability  of  finding  the  electron  at 

all  points  in  space. 

The  allowed  wave  functions  of  the  hydrogen  atom 

are  called  orbitals.  An  orbital  is  described  by  a  combina- 
tion of  an  integer  and  a  letter,  corresponding  to  values  of 

three  quantum  numbers  for  the  orbital.  The  principal 
quantum  number,  n,  is  indicated  by  the  integers  1,  2, 
3, . . . .  This  quantum  number  relates  most  directly  to  the 
size  and  energy  of  the  orbital.  The  azimuthal  quantum 
number,  /,  is  indicated  by  the  letters  s,  p,  d,  f,  and  so  on, 

corresponding  to  the  values  of  0,  1,  2,  3,   The  /  quan- 
tum number  defines  the  shape  of  the  orbital.  For  a  given 

value  of  n,  I  can  have  integer  values  ranging  from  0  to 

n  —  1.  The  magnetic  quantum  number,  )U\,  relates  to  the 
orientation  of  the  orbital  in  space.  For  a  given  value  of  /, 

/;//  can  have  integral  values  ranging  from  —I  to  /.  Carte- 
sian labels  can  be  used  to  label  the  orientations  of  the  or- 

bitals. For  example,  the  three  3p  orbitals  are  designated 

3px,  3pu,  and  3pz,  with  the  subscripts  indicating  the  axis 
along  which  the  orbital  is  oriented. 

An  electron  shell  is  the  set  of  all  orbitals  with  the 

same  value  of  n,  such  as  3s,  3p,  and  3d.  In  the  hydrogen 
atom  all  the  orbitals  in  an  electron  shell  have  the  same  en- 

ergy. A  subshell  is  the  set  of  one  or  more  orbitals  with  the 
same  n  and  /  values;  for  example,  3s,  3p,  and  3d  are  each 
subshells  of  the  n  =  3  shell.  There  is  one  orbital  in  an  s 
subshell,  three  in  a  p  subshell,  five  in  a  d  subshell,  and 
seven  in  an  f  subshell. 

Section  6.6  Contour  representations  are  useful  for  vi- 
sualizing the  spatial  characteristics  (shapes)  of  the  or- 

bitals. Represented  this  way  s  orbitals  appear  as  spheres 
that  increase  in  size  as  n  increases.  The  radial  probability 

function  tells  us  the  probability  that  the  electron  will  be 
found  at  a  certain  distance  from  the  nucleus.  The  wave 

function  for  each  p  orbital  has  two  lobes  on  opposite  sides 

of  the  nucleus.  They  are  oriented  along  the  x-,  i/-,  and 
r-axes.  Four  of  the  d  orbitals  appear  as  shapes  with  four 
lobes  around  the  nucleus;  the  fifth  one,  the  d~-  orbital,  is 

represented  as  two  lobes  along  the  r-axis  and  a  "dough- 
nut" in  the  xy  plane.  Regions  in  which  the  wave  function 

is  zero  are  called  nodes.  There  is  zero  probability  that  the 
electron  will  be  found  at  a  node. 
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Section  6.7  In  many-electron  atoms,  different  subshells 
of  the  same  electron  shell  have  different  energies.  For  a 

given  value  ot  n,  the  energy  of  the  subshells  increases  as 

the  value  of  /  increases:  ns  up  •  mi  ///.  Orbitals 
within  the  same  subshell  are  degenerate,  meaning  they 
have  the  same  energy. 

Electrons  have  an  intrinsic  property  called  electron 
spin,  which  is  quantized.  The  spin  magnetic  quantum 

number,  ms,  can  have  two  possible  values,  ar|d  ~i> 
which  can  be  envisioned  as  the  two  directions  of  an  electron 

spinning  about  an  axis.  I  he  Pauli  exclusion  principle  states 
that  no  two  electrons  in  an  atom  can  have  the  same  values 

for  n,  I,  mj,  and  m  .  This  principle  places  a  limit  ot  two  on 

the  number  of  electrons  that  can  occupy  any  one  atomic  or- 
bital. These  two  electrons  differ  in  their  value  of  m  , . 

Sections  6.8  and  6.9     I  he  electron  configuration  of  an 

atom  describes  how  the  electrons  are  distributed  among 

the  orbitals  of  the  atom.  The  ground-state  electron  config- 
urations are  generally  obtained  by  placing  the  electrons 

in  the  atomic  orbitals  ot  lowest  possible  energy  with  the 
restriction  that  each  orbital  can  hold  no  more  than  two 

electrons.  When  electrons  occupy  a  subshell  with  more 
than  one  degenerate  orbital,  such  as  the  2/'  subshell, 

Hund's  rule  states  that  the  lowest  energy  is  attained  by 
maximizing  the  number  of  electrons  with  the  same  elec- 

tron spin.  For  example,  in  the  ground-state  electron  con- 
figuration of  carbon,  the  two  2p  electrons  have  the  same 

spin  and  must  occupy  two  different  2/'  orbitals. 

VISUALIZING  CONCEPTS 

6.1  Consider  the  water  wave  shown  here,  (a)  How  could 

you  measure  the  speed  of  this  wave?  (b)  How  would 
you  determine  the  wavelength  of  the  wave?  (c)  Given 
the  speed  and  wavelength  of  the  wave,  how  could  you 

determine  the  frequency  of  the  wave?  (d)  Suggest  an  in- 
dependent experiment  to  determine  the  frequency  of 

the  wave.  [Section  6. 1 1 

6.2  A  popular  kitchen  appliance  produces  electromagnetic 
radiation  with  a  wavelength  of  I  cm.  With  reference  to 

Figure  6.4,  answer  the  following:  (a)  Would  the  radia- 
tion produced  by  the  appliance  be  visible  by  the  human 

eye?  (b)  If  the  radiation  is  not  visible,  do  photons  of  this 
radiation  have  more  or  less  energy  than  photons  of 

Elements  in  any  given  group  in  the  periodic  table 

have  the  same  type  of  electron  arrangements  in  then  out 
ermost  shells.  For  example,  the  electron  configurations  ol 

the  halogens  fluorine  and  chlorine  are  [He]2s^2/r"'  and 
[Ne]3s  3p  ,  respectively.  The  outer-shell  electrons  are  those 
that  lie  outside  the  orbitals  occupied  in  the  next  lowest 

noble-gas  element.  The  outer-shell  electrons  that  are  in- 
volved in  chemical  bonding  are  the  valence  electrons  of  an 

atom;  tor  the  elements  with  atomic  number  30  or  less,  all 

the  outer-shell  electrons  are  valence  electrons.  The  electrons 
that  are  not  valence  electrons  are  called  core  electrons. 

The  periodic  table  is  partitioned  into  different  types  of 

elements,  based  on  their  electron  configurations.  I  hose  ele- 
ments in  which  the  outermost  subshell  is  an  s  or  p  subshell 

are  called  the  representative  (or  main-group)  elements 
The  alkali  metals  (group  1A),  halogens  (group  7A),  and 

noble  gases  (group  HA)  are  representative  elements.  Those 
elements  in  which  a  d  subshell  is  being  filled  are  called  the 

transition  elements  (or  transition  metals).  The  elements  in 
which  the  4/  subshell  is  being  filled  are  called  the 
lanthanide  (or  rare  earth)  elements.  The  actinide  elements 

are  those  in  which  the  5j  subshell  is  being  filled.  The  lan- 
thanide and  actinide  elements  are  collectively  referred  to  as 

the  /'-block  metals.  These  elements  are  shown  as  tw  o  rows 
of  14  elements  below  the  main  part  of  the  periodic  table. 
The  structure  ot  the  periodic  table,  summarized  in  Figure 

6.29,  allows  us  to  write  the  electron  configuration  of  an  ele- 
ment from  its  position  in  the  periodic  table. 

visible  light?  (c)  Propose  an  identity  to  the  kitchen  ap- 
pliance. [Section  6. 1 1 

6.3  As  shown  in  the  photograph  below,  an  electric  stove  burn- 
er on  its  highest  setting  exhibits  an  orange  glow,  (a)  When 

the  burner  setting  is  changed  to  low,  the  burner  continues 
to  produce  heat  but  the  orange  glow  disappears.  I  low  can 
this  observ  ation  be  explained  with  reference  to  one  ot  the 
fundamental  observ  ations  that  led  to  the  notion  of  quan- 

ta? (b)  Suppose  that  the  energy  prov  ided  to  the  burner 
could  be  increased  beyond  the  highest  setting  ol  the  sto\  e 
What  would  we  expect  to  observ  e  with  regard  to  v  isible 
light  emitted  by  the  burner?  [Section  h.2| 
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6.4  The  familiar  phenomenon  of  a  rainbow  results  from  the 
diffraction  of  sunlight  through  raindrops,  (a)  Does  the 
wavelength  of  light  increase  or  decrease  as  we  proceed 
outward  from  the  innermost  band  of  the  rainbow1 
(b)  Does  the  frequency  of  light  increase  or  decrease  as 

we  proceed  outward1  (c)  Suppose  that  instead  of  sun- 
light, the  visible  light  from  a  hydrogen  discharge  tube 

(Figure  6.11)  was  used  as  the  light  source.  What  do  vou 

think  the  resulting  "hydrogen  discharge  rainbow" would  look  like?  [Section  6.3] 

6.6 

6.5  A  certain  quantum  mechanical  system  lias  the  energy 
levels  shown  in  the  diagram  below.  The  energy  levels 

are  indexed  by  a  single  quantum  number  that  is  an  in- 
teger, (a)  As  drawn,  which  quantum  numbers  are  in- 

volved  in  the  transition  that  requires  the  most  energy? 

(b)  Which  quantum  numbers  are  involved  in  the  transi- 
tion that  requires  the  least  energy?  (c)  Based  on  the 

drawing,  put  the  following  in  order  of  increasing  wave- 
length of  the  light  absorbed  or  emitted  during  the  tran- 

sition: (/)  n  =  1  to  n  =  2;  (;;)  n  =  3  to  n  =  2;  (/'»)  n  =  2  to 
//  =  4;  (iv)  n  =  3  to  n  =  1.  [Section  6.3] 

;/  =  4 

n  =  3 

Consider  a  fictitious  one-dimensional  system  with  one 
electron.  The  wave  function  for  the  electron,  drawn 

below,  is  i//(.v)  =  sin  x  from  x  =  0  to  x  =  2~.  (a)  Sketch 

the  probability  density,  ijr (x),  from  x  =  0  to  .t  =  277. 
(b)  At  what  value  or  values  of  v  will  there  be  the  greatest 

probability  of  finding  the  electron?  (c)  What  is  the  prob- 
ability that  the  electron  will  be  found  at  x  =  tt?  What  is 

such  a  point  in  a  wave  function  called?  [Section  6.5] 

6.7  The  contour  representation  of  one  of  the  orbitals  for  the 
ii  =  3  shell  of  a  hydrogen  atom  is  shown  below. 
(a)  What  is  the  quantum  number  /  for  this  orbital? 
(b)  How  do  we  label  this  orbital?  (c)  How  would  vou 

modify  this  sketch  to  show  the  analogous  orbital  for  the 
=  4  shell?  [Section  6.6] 

6.8  The  drawing  below  shows  part  of  the  orbital  diagram 
for  an  element,  (a)  As  drawn,  the  drawing  is  incorrect. 
Why?  (b)  How  would  you  correct  the  drawing  without 
changing  the  number  of  electrons?  (c)  To  which  group  in 
the  periodic  table  does  the  element  belong?  [Section  6.8] 

11 

n  =  1 

EXERCIS 

Radiant  Energy 

6.9  What  are  tl  <  basic  SI  units  tor  (a)  the  wavelength  of 
light,  (b)  the      |uency  of  light,  (c)  the  speed  of  light? 

6.10  (a)  What  is  tl     relationship  between  the  wavelength 
and  the  freqiu       of  radiant  energy?  (b)  Ozone  in  the 

6.11 

upper  atmosphere  absorbs  energy  in  the  210-230-nm 
range  of  the  spectrum.  In  what  region  of  the  electromag- 

netic spectrum  does  this  radiation  occur? 

Label  each  of  the  following  statements  as  true  or  false. 
For  those  that  are  false,  correct  the  statement,  (a)  Visible 
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light  is  d  form  of  electromagnetic  radiation,  (b)  The  fre- 
quency of  radiation  increases  as  the  wavelength  increas- 

es, (c)  Ultraviolet  light  has  longer  wavelengths  than 
visible  light  (d)  Flectromagnetii  radiation  and  sound 
waves  trav  el  at  the  same  speed. 

6.12  Determine  which  of  the  following  statements  .ire  false, 
and  correct  them,  (a)  Electromagnetic  radiation  is  in- 

capable of  passing  through  water,  (b)  Electromagnetic 
radiation  travels  through  a  vacuum  at  a  constant 

speed,  regardless  of  wavelength,  (c)  Infrared  light  has 
higher  frequencies  than  visible  light  (d)  rhe  glow 
from  a  fireplace,  the  energy  w  ithin  a  mk  rowave  oven, 
and  a  foghorn  blast  are  all  forms  ol  electromagnetic 
radiation. 

6.13  Arrange  the  following  kinds  of  electromagnetic  radia- 
tion in  order  of  increasing  wavelength:  infrared,  green 

light,  red  light,  radio  waves,  X  ravs,  ultraviolet  light. 
6.14  List  the  following  types  ol  electromagnetic  radiation  in 

order  of  increasing  wavelength:  (a)  the  gamma  rays  pro- 
duced by  a  radioactive  nuclide  used  in  medical  imag- 

ing; (b)  radiation  from  an  FM  radio  station  at  in.l  MHz 
on  the  dial;  (c)  a  radio  signal  from  an  AM  radio  station 

at  680  kl  1/  on  the  dial;  (d)  the  yellow  light  from  sodit 

vapor  streetlights;  (e)  the  red  light  of  a  light-emittin 
diode,  such  as  in  a  calculator  display. 

6.15  (a)  What  is  the  frequency  of  radiation  that  ha--  a  wave- 
length of  955  ̂ m?  (b)  W  hat  is  the  w  av  elength  ot  radia 

tion  that  has  a  frequencv  of  5.50  ■  I0"s  '  ?  (c)  Would 
the  radiations  in  part  (a)  or  part  (b)  be  v  isible  to  the 

human  ev  e1  (d)  What  distance  does  electromagnetic  ra- 

diation trav  el  in  50.0  /us1 
6.16  (a)  What  is  the  frequencv  of  radiation  w  hose  wave- 

length is  10.0  A?  (b)  What  is«he  wavelength  ot  radiation 

that  has  a  frequencv  of  7.6  < s  '?  (c)  Would  the  ra- 
diations in  part  (a)  or  part  (b)  be  detected  by  an  X-ra\ 

detector1  (d)  What  distance  does  electromagnetic  radia- 
tion trav  el  in  25. 5  fs? 

6.17  Excited  mercury  atoms  emit  light  strongly  at  a  wave- 
length of  -Hh  mil  What  is  the  frequencv  of  this  radia- 

tion1 Using  Figure  6.4,  predict  the  color  associated  with 
this  wavelength. 

6.18  An  argon  ion  laser  emits  light  at  489  nm.  What  is  the  fre- 
quency of  this  radiation?  Is  this  emission  in  the  visible 

spectrum1  If  yes,  what  color  is  it1 

Quantized  Energy  and  Photons 

6.19  (a)  What  does  it  mean  when  we  sav  energy  is  quan- 

tized? (b)  Whv  don't  we  notice  the  quantization  of  ener- 
gy in  everyday  activities? 

6.20  Einstein's  1405  paper  on  the  photoelectric  effect  w  as  the 
first  important  application  of  Planck's  quantum  hypoth- 

esis. Describe  Planck's  original  hypothesis,  and  explain 
how  Einstein  made  use  of  it  in  his  theory  of  the  photo- 

electric effect. 

6.21  (a)  Calculate  the  smallest  increment  of  energy  (a  quan- 
tum) that  can  be  emitted  or  absorbed  at  a  wavelength  of 

438  nm.  (b)  Calculate  the  energy  of  a  photon  of  frequency 

6.75  ■  10l2s  '.  (c)What  wavelength  of  radiation  has 
photons  of  energy  2.N7 

in 
I1  In  w  hat  portion  ol  tin 

electromagnetic  spectrum  would  this  radiation  be  found? 
6.22  (a)  Calculate  the  smallest  increment  of  energy  that  can 

be  emitted  or  absorbed  at  a  wavelength  of  10.8  mm. 
(b)  Calculate  the  energy  of  a  photon  from  an  FM  radio 
station  at  a  frequencv  of  101.1  MHz.  (c)  For  w  hat  fre- 

quency of  radiation  will  a  mole  ol  photons  have  energy 
24.7  kj?  In  what  region  ot  the  electromagnetic  spectrum 
would  this  radiation  be  found7 

6.23  (a)  Calculate  and  compare  the  energy  of  a  photon  of 
wavelength  3.3  /tm  with  that  of  wavelength  0.154  nm. 
(b)  Use  Figure  b.4  to  identify  the  region  ot  the  electro- 

magnetic spectrum  to  which  each  belongs. 
6.24  An  AM  radio  station  broadcasts  at  1010  kHz,  and  its  FM 

partner  broadcasts  at  98.3  MHz.  Calculate  and  compare  the 
energy  of  the  photons  emitted  by  these  two  radio  stations. 

6.25  One  type  of  sunburn  occurs  on  exposure  to  UV  light  of 
wavelength  in  the  vicinity  of  325  nm.  (a)  What  is  the  ener- 

gy of  a  photon  of  this  wavelength?  (b)  What  is  the  energy 
of  a  mole  of  these  photons?  (c)  How  many  photons  are 
in  a  L.00  m|  burst  of  this  radiation1 

6.26  The  energy  from  radiation  can  be  used  to  cause  the  rup- 
ture of  chemical  bonds.  A  minimum  energy  of  C)4  I  k|  mol 

is  required  to  break  the  nitrogen-nitrogen  bond  in  I\N. 
What  is  the  longest  wavelength  of  radiation  that  possess- 

es the  necessary  energy  to  break  the  bond?  What  type  ot 

electromagnetic  radiation  is  this1 
6.27  A  diode  laser  emits  at  a  wavelength  of  987  nm.  (a)  In 

what  portion  of  the  electromagnetic  spectrum  is  this  ra- 
diation found?  (b)  All  ot  its  output  energy  is  absorbed  in 

a  detector  that  measures  a  total  energy  ol  0.52  J  over  a 
period  of  32  s.  I  low  many  photons  per  second  are  being 
emitted  by  the  laser? 

6.28  A  stellar  object  is  emitting  radiation  at  3.55  mm. 

(a)  What  type  of  electromagnetic  spectrum  is  this  radia- 
tion1 (b)  If  the  detector  is  capturing  3.2  •  10  photons 

per  second  at  this  wav  elength,  what  is  the  total  energy 

of  the  photons  detected  in  one  hour1 
6.29  Molybdenum  metal  must  absorb  radiation  with  a  mini- 

mum frequencv  of  1.09  ■  10  S  1  before  it  ian  emit  an 
electron  from  its  surface  via  the  photoelectric  effect 
(a)  What  is  the  minimum  energy  needed  to  produc  e  tins 
effect?  (b)  What  wavelength  radiation  will  provide  a 

photon  ot  this  energy1  (c)  If  molybdenum  is  irradiated 
with  light  of  wavelength  ot  120  nm,  what  is  the  maxi- 

mum possible  kinetic  energy  of  the  emitted  electrons? 
6.30  It   requires  a  photon   with  a   minimum  enerj 

4.41    ■    II)  ''|  to  emit  electrons  from  sodium  mt 
(a)  What  is  the  minimum  frequeru  v  of  lighl  neo 
emit  electrons  from  sodium  via  the  photoelei  ii 
(b)  What  is  the  wavelength  ol  this  light  ?  (c)  It  sodium  is 
irradiated  with  light  of  439  nm,  what  is  i!  maximum 
possible  kinetic  energv  of  the  emitti  electrons? 
(d)  What  is  the  maximum  number  ol  e  amis  that  i  an 

be  freed  by  a  burst  of  light  whose  total  energv  is  1.00  /zj? 
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Bohr's  Model;  Matter  Waves 
6.31  Explain  how  the  existence  of  line  spectra  is  consistent 

with  Bohr's  theory  of  quantized  energies  for  the  elec- 
tron in  the  h\  drogen  atom. 

6.32  (a)  In  terms  of  the  Bohr  theory  of  the  hydrogen  atom,  w  hat 
process  is  occurring  when  excited  hydrogen  atoms  emit  ra- 

diant energy  of  certain  wavelengths  and  only  those  wave- 

lengths? (b)  Does  a  hydrogen  atom  "expand"  or  "contract" 
as  it  moves  from  its  ground  state  to  an  excited  state? 

6.33  Is  energy  emitted  or  absorbed  when  the  following  elec- 
tronic transitions  occur  in  hydrogen?  (a)  from  n  =  4  to 

/;  =  2,  (b)  from  an  orbit  of  radius  2.12  A  to  one  of  radius 
8.46  A,  (c)  an  electron  adds  to  the  EC  ion  and  ends  up  in 
the  n  =  3  shell. 

6.34  Indicate  whether  energy  is  emitted  or  absorbed  when 
the  following  electronic  transitions  occur  in  hydrogen: 
(a)  from  n  =  2  to  //  =  6,  (b)  from  an  orbit  of  radius  4.76 
A  to  one  of  radius  0.529  A,  (c)  from  the  //  =  6  to  the 
n  =  9  state. 

6.35  Using  Equation  6.5,  calculate  the  energy  of  an  electron 

in  the  hydrogen  atom  when  n  -  2  and  when  n  -  6.  Cal- 
culate the  wavelength  of  the  radiation  released  when  an 

electron  moves  from  //  =  6  to  n  =  2.  Is  this  line  in  the 

visible  region  of  the  electromagnetic  spectrum1  If  so, 
what  color  is  it? 

6.36  For  each  of  the  following  electronic  transitions  in  the  hy- 
drogen atom,  calculate  the  energy,  frequency,  and  wave- 
length of  the  associated  radiation,  and  determine 

whether  the  radiation  is  emitted  or  absorbed  during  the 
transition:  (a)  from  n  =  4  to  n  =  1,  (b)  from  n  =  5  to 

n  =  2,  (c)  from  ;/  =  3  to  n  =  6.  Does  any  of  these  transi- 
tions emit  or  absorb  visible  light? 

6.37  The  visible  emission  lines  observed  by  Balmer  all  in- 
volved ii, (a)  Explain  why  only  the  lines  with 

ii  f  =  2  were  observ  ed  in  the  visible  region  of  the  electro- 
magnetic spectrum,  (b)  Calculate  the  wav  elengths  of 

the  first  three  lines  in  the  Balmer  series — those  for  which 

=  3,  4,  and  5 — and  identify  these  lines  in  the  emission 
spectrum  shown  in  Figure  6.12. 

6.38  The  Lyman  series  of  emission  lines  of  the  hydrogen 
atom  are  those  for  which  /; 1 .  (a)  Determine  the  re- 

gion of  the  electromagnetic  spectrum  in  which  the  lines 
of  the  Lyman  series  are  observed,  (b)  Calculate  the 
wavelengths  of  the  first  three  lines  in  the  Lyman 
series — those  for  which  /;,  =  2,  3,  and  4. 

|6.39|  One  of  the  emission  lines  of  the  hydrogen  atom  has  a 

wavelength  of  93.8  nm.  (a)  In  what  region  of  the  electro- 

magnetic spectrum  is  this  emission  found7  (b)  Deter- 
mine the  initial  and  final  values  of '/  associated  with  this 

emission. 

|6.40l  The  hydrogen  atom  can  absorb  light  of  wavelength  2626 
nm.  (a)  In  what  region  of  the  electromagnetic  spectrum 

is  this  absorption  found7  (b)  Determine  the  initial  and 
final  values  of  n  associated  with  this  absorption. 

6.41  Use  the  de  Broglie  relationship  to  determine  the  wave- 
lengths of  the  following  objects:  (a)  an  85-kg  person  ski- 

ing at  50  km/hr,  (b)  a  10.0-g  bullet  fired  at  250  m  s,  (c)  a 
lithium  atom  moving  at  2.5  x  107m/s. 

6.42  Among  the  elementary  subatomic  particles  of  physics  is 
the  muon,  which  decays  within  a  few  nanoseconds  after 
formation.  The  muon  has  a  rest  mass  206.8  times  that 
of  an  electron.  Calculate  the  de  Broglie  wavelength 
associated  with  a  muon  traveling  at  a  velocity  of 
8.85  x  105cm/s. 

Neutron  diffraction  is  an  important  technique  for  deter- 
mining the  structures  of  molecules.  Calculate  the  veloci- 

ty of  a  neutron  that  has  a  characteristic  wavelength  of 
0.955  A.  (Refer  to  the  inside  cover  for  the  mass  of  the 
neutron.) 

The  electron  microscope  has  been  widely  used  to  obtain 
highly  magnified  images  of  biological  and  other  types 
of  materials.  When  an  electron  is  accelerated  through 
a  particular  potential  field,  it  attains  a  speed  of 

9.38  x  106  m/s.  What  is  the  characteristic  wavelength  of 
this  electron?  Is  the  wavelength  comparable  to  the  size 
of  atoms? 

6.45  Using  Heisenberg's  uncertainty  principle,  calculate  the 
uncertainty  in  the  position  of  (a)  a  1.50-mg  mosquito 
moving  at  a  speed  of  1.40  m  s  if  the  speed  is  known  to 
within  ±0.01  m  s;  (b)  a  proton  moving  at  a  speed  of 

(5.00  ±  0.01 )  x  104  m/s.  (The  mass  of  a  proton  is  given 
in  the  table  of  fundamental  constants  in  the  inside  cover 
of  the  text.) 

6.46  Calculate  the  uncertainty  in  the  position  of  (a)  an  elec- 

tron moving  at  a  speed  of  (3.00  ±  0.01 )  x  107  m/s,  (b)  a 
neutron  moving  at  this  same  speed.  (The  masses  of  an 

electron  and  a  neutron  are  given  in  the  table  of  funda- 
mental constants  in  the  inside  cover  of  the  text.) 

(c)  What  are  the  implications  of  these  calculations  to  our 
model  of  the  atom? 

6.43 

6.44 

Quantum  Mechanics  and  Atomic  Orbitals 

6.47  (a)  Why  does  the  Bohr  model  of  the  hydrogen  atom  vio- 
late  the  uncertainty  principle?  (b)  In  what  way  is  the  de- 

scription of  the  electron  using  a  wave  function  consistent 

with  de  Broglie's  hypothesis?  (c)  What  is  meant  by  the 
term  probability  density?  Given  the  wave  function,  how  do 
we  find  the  probability  density  at  a  certain  point  in  space? 

6.48  (a)  According  to  the  Bohr  model,  an  electron  in  the 
ground  st.ite  of  a  hydrogen  atom  orbits  the  nucleus  at  a 
specilit  radius  of  0.53  A.  In  the  quantum  mechanical  de- 

scription ol  the  hydrogen  atom,  the  most  probable  dis- 

tance of  the  electron  from  the  nucleus  is  0.53  A.  Why  are 
these  two  statements  different?  (b)  Why  is  the  use  of 

Schrodinger's  wave  equation  to  describe  the  location  of 
a  particle  very  different  from  the  description  obtained 
from  classical  physics?  (c)  In  the  quantum  mechanical 

description  of  an  electron,  what  is  the  physical  signifi- 
cance of  the  square  of  the  wave  function,  i)j  ? 

6.49  (a)  For  /;  =  4,  what  are  the  possible  values  of  /?  (b)  For 
/  =  2,  what  are  the  possible  values  of  ;;//? 

6.50  How  many  possible  values  for  /  and  nij  are  there  when 

(a)  n  =  3;  (b)     =  57 
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6.51  Give  the  numerical  values  ot  n  and  /  corresponding  to 
each  of  the  following  designations:  (a)  3/',  (b)  2s,  (c)  4/, 
(d)  5d. 

6.52  Give  the  values  for  n,  I,  and  ///<  for  (a)  each  orbital  in  the 
2j>  subshell,  (b)  each  orbital  in  the  5d  subshell. 

6.53  Which  of  the  following  represent  impossible  combina- 
tions of  n  and  /:  (a)  I/',  (b)  4s,  (c)  5/,  (d)  2d? 

6.54  Which  of  the  following  arc  permissible  sets  of  quantum 
numbers  for  an  electron  in  a  hydrogen  atom:  (a)  /;  =  2, 
I  =  1,  mi  =  1;  (b)  ii  1,  /  0,  mi  =  I;  (c)  n  =  4, 
/  =  2,  uii  -r  2;  (d) //  3,/  ~~  3,  nij  (I1  For  those  com- 

binations that  are  permissible,  write  the  appropriate 
designation  for  the  subshell  to  which  the  orbital  belongs 
(that  is,  I  s,  and  so  on). 

6.55  Sketch  the  shape  and  orientation  ot  the  following  types 
of  orbitals:  (a)  s,  (b)  p  ,  (c)  </,„. 

6.56  SkcU  h  the  shape  and  orientation  of  the  following  types 
of  orbitals:  (a)  py ,  (b)  </  i,  (c)  rfA.2 

Many-Electron  Atoms  and  Electron  Configurations 

6.59  For  a  given  value  ot  the  principal  quantum  number,  //, 
how  do  the  energies  of  the  s,  />,  </,  and  /  subshells  \  ary 

for  (a)  hydrogen,  (b)  a  main -election  atom1 
6.60  (a)  The  average  distance  from  the  nuc  lens  ot  a  3s  elec- 

tron in  a  chlorine  atom  is  smaller  than  th.it  tor  a  3^i  elec- 
tron. In  light  of  this  fact,  which  orbital  is  higher  in 

energy?  (b)  Would  von  expect  it  to  require  more  or  less 
energy  to  remove  a  3s  electron  from  the  chlorine  atom, 
as  compared  with  a  2p  electron?  Explain. 

6.61  (a)  What  are  the  possible  values  ot  the  electron  spin 
quantum  number?  (b)  Wh.it  piece  of  experimental 
equipment  can  be  used  to  distinguish  electrons  that 

have  different  values  of  the  electron  spin  quantum  num- 
ber? (c)  Two  electrons  in  an  atom  both  occupy  the  Is  or- 

bital. What  quantity  must  be  different  for  the  two 
electrons?  What  principle  governs  the  answer  to  this 
question? 

6.62  (a)  State  the  Pauli  exclusion  principle  in  your  own 
words,  (b)  The  Pauli  exclusion  principle  is,  in  an  impor- 

tant sense,  the  kev  to  understanding  the  periodic  table. 
Explain  why. 

6.63  What  is  the  maximum  number  ot  electrons  that  can  oc- 

cupy each  of  the  following  subshells:  (a)  "hp,  (b)  5d, 
(c)  2s,  (d)  4/? 

6.64  What  is  the  maximum  number  of  electrons  in  an  atom 

that    can    have    the    following    quantum  numbers: 

(a)  /;  =  2,  in.,  =  -  ' ;  (b)  n  =  5,  /  =  3;  (c)  n  =  4,  1  =  3, 
nil  =  -3;  (d)  n  =  4,  /  =  1,  ////  =  1. 

6.65  (a)  What  does  each  box  in  an  orbital  diagram  represent1 
(b)  What  quantity  is  represented  by  the  direction  (either 
up  or  down)  of  the  hall  arrows  in  an  orbital  diagram? 

(c)  Is  Hund's  rule  needed  to  write  the  election  configu- 
ration of  beryllium?  Explain. 

6.66  (a)  What  are  "valence  electrons"?  (b)  What  are  "un- 

paired electrons"1  (c)  1  low  many  valence  electrons  does 
a  P  atom  possess1  I  low  main  of  these  are  unpaired1 

6.57  (a)  What  are  the  similarities  and  differences  between  tlu 

Is  and  2s  orbitals  ot  the  hydrogen  atom?  (b)  In  what  sens, 

does  a  2/'  orbital  have  directional  character1 1  ompare  tin 
"directional"  characteristics  of  the  />,  and  orbitals 
(that  is,  in  what  direction  or  region  ol  space  is  the  ek\  tron 

densit)  concentrated?),  (c)  W  hat  can  you  sj\  about  the  a\  - 
erage  distance  from  the  nucleus  of  an  electron  in  a  2s  or- 

bital as  compared  w  tth  a  3s  orbital?  (d)  For  the  hydrogen 
atom,  list  the  following  orbitals  m  order  of  increasing  en- 

ergy (that  is,  most  stable  ones  first):  4/  ,  6s,  3d,  Is,  2/». 
6.58  (a)  With  reference  to  Figure  6-.18,  what  is  the  relationship 

between  the  number  ot  nodes  in  an  s  orbital  and  the 

\  alue  of  the  principal  quantum  number1  (b)  Identify  the 
number  ot  nodes;  that  is,  identify  places  where  the  ek\  - 
tron  density  is  zero,  in  the  2ps  orbital;  in  the  3s  orbital, 
(c)  What  information  is  obtained  from  the  radial  proba- 

bility functions  in  Figure  h . IS?  (d)  For  the  hydrogen 
atom,  list  the  following  orbitals  in  order  ot  increasing 

energy:  3s,  2s,  2p,  5s,  4</. 

6.67  Write  the  condensed  electron  configurations  lor  the  fol- 

lowing atoms,  usmg  the  appropriate  noble-gas  core  ab- 
bre\  iations:  (a)  Cs,  (b)  Ni,  (c)  Se,  (d)  Cd,  (e)  Ac,  (f)  Ph. 

6.68  Write  the  condensed  electron  configurations  for  the  fol- 
lowing atoms,  and  indicate  how  main  unpaired  elec- 

trons each  has:  (a)  Ga,  (b)  Ca,  (c)  V,  (d)  I,  (e)  Y,  (f)  Pt, 

(g)  I  u. 
6.69  Meitnerium,  Mt,  element  109,  named  after  I  is.i  Meitner, 

is  a  transition  metal  expected  to  have  the  same  outer- 
electron  configuration  as  iridium,  by  using  this  observa- 

tion (and  without  looking  at  Figure  6.30),  write  the 

electron  configuration  of  meitnerium.  Use  |Rn|  to  repre- 
sent the  first  86  electrons  of  the  electron  configuration. 

6.70  In  1999  it  was  reported  that  element  I  IS  had  been  made 
artificially.  This  report  was  retracted  in  2001,  and  Miiir 
then  there  have  been  no  other  claims  that  element  IIS 

can  be  made,  (a)  Write  the  electron  configuration  lor  ele- 
ment I  IS.  (b)  I  low  many  unpaired  electrons  would  you 

expect  an  atom  of  element  IIS  to  have?  <c)  To  which 

group  of  elements  in  the  periodic  table  would  you  ex- 

pect element  1  IS  to  belong" 
6.71  Identify  the  specific  element  that  corresponds  to  e.u  h  of 

the  following  electron  configurations:  (a)  \^'2--~2j>"3-,- , 
(b)  [Ne]3s23^\  (c)  [Ar]4s13rf5,  (d)  | Kr]5s24(71(,5i>4. 6.72  Identify  the  group  ot  elements  th.it  corresponds  to  eac  h 
of  the  following  generalized  electron  configurations. 

(a)  [noble  gas]  ns  np 1 
(b)  [noble  gas]  ns2(n  -  I  )</: 
(c)  [noble gas]  ns  (n  -  \)dU)np* 
(d)  | noble  gas]  )/s:(;/  2)fh 

6.73  What  is  w  rong  with  the  following  electron  config 

tions  for  atoms  in  their  ground  st.ites1    (a)  ! 
(b)  |\e|2s22//',  (c)  [Ne]3s23tys. 

6.74  I  he  following  electron  configurations  xc  iled 

states.  Identify  the  element,  and  write  its  ground-state 
condensed  electron  configuration.  (a)  Is-  r3p~4p  , 
<b)  [Ar]3dl04sl4p45sl,  (c)  |kr|4,/"^ 
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6.75  Consider  the  two  waves  shown  here,  which  we  will  con- 
sider to  represent  two  electromagnetic  radiations: 

(a)  What  is  the  wavelength  of  wave  A?  Of  wave  B? 
(b)  What  is  the  frequency  of  Wa\  e  A?  Of  wave  B? 
(c)  Identify  the  regions  of  the  electromagnetic  spectrum 

to  which  wax  es  A  and  B  belong. 

1.6  x  10"'  m 
6.76  Certain  elements  emit  light  of  a  specific  wavelength 

when  they  are  burned.  Historically,  chemists  used  such 
emission  wavelengths  to  determine  whether  specific  el- 

ements were  present  in  a  sample.  Some  characteristic 
wavelengths  for  some  of  the  elements  are 

Ag 

Au 
Ba 
Ca 

(  1 1 

328. 1  nm 

267.6  nm 

455.4  nm 

422.7  nm 

324. 8  nm 

Fe 

K 

Mg 

Na 
Ni 

372.0  nm 

404.7  nm 

285.2  nm 

589.6  nm 
341 .5  nm 

(a)  Determine  which  elements  emit  radiation  in  the  visi- 

ble part  of  the  spectrum,  (b)  Which  element  emits  pho- 
tons of  highest  energy?  Of  lowest  energy?  (c)  When 

burned,  a  sample  of  an  unknown  substance  is  found  to 

emit  light  of  frequency  6.59  x  1 0 1 4  s  1 .  Which  of  these 
elements  is  probably  in  the  sample? 

6.77  In  June  2004,  the  Cassini-Huvgens  spacecraft  began  orbit- 
ing Saturn  and  transmitting  images  to  Earth.  Che  closest 

distance  between  Saturn  and  Earth  is  746  million  miles. 
What  is  the  minimum  amount  of  time  it  takes  for  the 

transmitted  signals  to  travel  from  the  spacecraft  to  Earth? 
6.78  The  rays  of  the  Sun  that  cause  tanning  and  burning  are 

in  the  ultraviolet  portion  of  the  electromagnetic  spec- 
trum. These  rays  are  categorized  bv  wavelength:  So- 

called  UV-A  radiation  has  wavelengths  in  the  range  of 
320-380  nm,  whereas  UV-B  radiation  has  wavelengths 
in  the  range  of  290-320  nm.  (a)  Calculate  the  frequency 
of  light  that  has  a  wav  elength  of  320  nm.  (b)  Calculate 

the  energ)  of  a  mole  of  320-nm  photons,  (c)  Which  are 
more  energetic,  photons  of  UV-A  radiation  or  photons 
of  UV-B  radiation?  (d)  The  UV-B  radiation  from  the  Sun 
is  considered  a  greater  cause  of  sunburn  in  humans  than 
is  UV-A  radiation.  Is  this  observation  consistent  with 
your  answer  to  part  (c)? 

6.79  The  watt  is  the  deriv  ed  SI  unit  of  power,  the  measure  of 
energy  per  unit  time:  I  W  =  1  J/s.  A  semiconductor 
laser  in  a  C  I)  player  has  an  output  wavelength  of  780 
nm  and  a  power  level  of  0.10  mW.  How  many  photons 
strike  the  CD  surface  during  the  playing  of  a  CD  69  min- 

utes in  length 

6.80  Carotenoids,  present  in  all  organisms  capable  of  photo- 
synthesis, extend  the  range  of  light  absorbed  bv  the  or- 

ganism. They  exhibit  maximal  capacity  for  absorption 
of  light  in  the  range  of  440-470  nm.  Calculate  the  energy 
in  kilojoules  represented  by  absorption  of  an  Avo- 

gadro's  number  of  photons  of  wavelength  45^  nm. 
16.81 1  A  photocell,  such  as  the  one  illustrated  in  Figure  6.7(b),  is 

a  device  used  to  measure  the  intensity  of  light.  In  a  cer- 
tain experiment,  when  light  of  wavelength  6.30  nm  is  di- 

rected onto  the  photocell,  electrons  are  emitted  at  the  rate 

of  2.6  x  10  -  C  s.  Assume  that  each  photon  that  im- 
pinges on  the  photocell  emits  one  electron.  How  many 

photons  per  second  are  striking  the  photocell?  How 
much  energy  per  second  is  the  photocell  absorbing? 

6.82  The  light-sensitive  substance  in  black-and-white  pho- 
tographic film  is  AgBr.  Photons  provide  the  energy 

necessary  to  transfer  an  electron  from  Br  to  Ag'  to 
produce  Ag  and  Br  and  thereby  darken  the  film,  (a)  If 
a  minimum  energy  of  2.00  x  lO^J/mol  is  needed  for 
this  process,  what  is  the  minimum  energy  needed  bv 
each  photon?  (b)  Calculate  the  wavelength  of  the  light 

necessary  to  provide  photons  of  this  energy,  (c)  Ex- 
plain why  this  film  can  be  handled  in  a  darkroom 

under  red  light. 

|6.83]  In  an  experiment  to  studv  the  photoelectric  effect,  a  sci- 
entist measures  the  kinetic  energy  of  ejected  electrons  as 

a  function  of  the  frequency  of  radiation  hitting  a  metal 
surface.  She  obtains  the  following  plot: 

6.84 

Frequency  *- 

The  point  labeled  "vq"  corresponds  to  light  with  a  wave- 

length of  680  nm.  (a)  What  is  the  value  of  vq  in  s_1? (b)  What  is  the  v  a  hie  of  the  work  function  of  the  metal  in 

units  of  kj/mol  of  ejected  electrons?  (c)  What  happens 
when  the  metal  is  irradiated  with  light  of  frequency  less 

than  i'0?  (d)  Note  that  when  the  frequency  of  the  light  is 
greater  than  vq,  the  plot  shows  a  straight  line  with  a  nonze- 

ro slope.  Why  is  this  the  case?  (e)  Can  vou  determine  the 
slope  of  the  line  segment  discussed  in  part  (d)?  Explain. 
The  series  of  emission  lines  of  the  hydrogen  atom  for 
which  n,  =3  is  called  the  Paschen  scries,  (a)  Determine 
the  region  of  the  electromagnetic  spectrum  in  which  the 
lines  of  the  Paschen  series  are  observed,  (b)  Calculate 

the  wavelengths  of  the  first  three  lines  in  the  Paschen 
series — those  for  which  n,  =  4,  5,  and  6. 
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6.85  When  the  spectrum  of  light  from  the  Sun  is  examined  in 
high  resolution  in  an  experiment  similar  to  that  illustrat- 

ed in  Figure  h.  10,  dark  lines  are  e\  ident.  I  hese  are  called 
Fraunhofer  lines,  after  the  scientist  who  studied  them 
extensively  in  the  early  nineteenth  century.  .Altogether, 

about  25,000  lines  have  been  identified  in  the  solar  spec- 
trum between  2950  A  and  10,000  A.  I  he  Fraunhofer 

lines  are  attributed  to  absorption  ot  certain  wa\  elengths 

of  the  Sun's  "white"  light  by  gaseous  elements  in  the 
Sun's  atmosphere,  (a)  Describe  the  process  that  causes 
absorption  ot  specific  wavelengths  of  light  from  the 
solar  spectrum,  (b)  It  a  scientist  wanted  to  know  w  hich 
Fraunhofer  lines  belonged  to  a  gi\  en  element,  say  neon, 
what  experiments  could  she  conduct  here  on  I  arth  to 
provide  data? 

|6.86|  Bohr's  model  can  be  used  for  hydrogen-like  ions — ions 
that  have  only  one  electron,  such  as  He  and  Li  . 
(a)  Why  is  the  Bohr  model  applicable  to  He  ions  but 
not  to  neutral  He  atoms?  (b)  The  ground-state  energies 
of  H,  He  ,  and  Li    are  tabulated  .is  follows: 

Atom 
or  ion  H 

He+ 

Li2+ 

Ground- 
state 

energy     -2.18  X  10  18  J -S.72  •  10  lsJ 1 .96  ■  10  17  J 

By  examining  these  numbers,  propose  a  relationship  be- 
tween the  ground-state  energy  of  hydrogen-like  sys- 

tems and  the  nuclear  charge,  /.  (c)  Use  the  relationship 
you  derive  in  part  (b)  to  predict  the  ground-state  energy 
of  the O  ion. 

6.87  Under  appropriate  conditions,  molybdenum  emits  \ 
rays  that  have  a  characteristic  wavelength  of  0.711  V 
These  X  rays  are  used  in  diffrac  tion  experiments  to  de- 

termine the  structures  of  molecules.  I  low  fast  would  an 
electron  have  to  be  mov  ing  in  order  to  have  the  same 
wavelength  as  these  X  rays? 

16.88]  An  electron  is  accelerated  through  an  electric  potential 
to  a  kinetic  energy  of  18.6  keV.  What  is  its  characteristic 
wavelength?  [Hint:  Recall  that  the  kinetic  energy  of  a 

moving  object  is  E  =  \nre~,  w  here  m  is  the  mass  of  the 
object  and  v  is  the  speed  of  the  object.] 

6.89  What  is  the  difference  between  an  orbit  (Bohr  model  of 

the  hydrogen  atom)  and  an  orbital  (quantum  mechanical 

model  ot  the  hydrogen  atom)!" 
6.90  Which  of  the  quantum  numbers  governs  (a)  the  shape  of 

an  orbital,  (b)  the  energy  of  an  orbital,  (c)  the  spin  proper- 
ties of  the  electron,  (d)  the  spatial  orientation  of  the  orbital? 

[6.91]  Consider  the  discussion  of  radial  probability  functions 
in  the  "A  Closer  Look"  box  in  Section  6.6.  (a)  What  is  the 
difference  between  the  probability  density  as  a  function 
of  r  and  the  radial  probability  function  as  a  function  of 
r?  (b)  What  is  the  significance  of  the  term  477T  in  the  ra- 

dial probability  functions  tor  the  s  orbitals?  (c)  based  on 
Figures  6.18  and  6.21,  make  sketches  of  what  you  think 
the  probability  density  as  a  function  of  r  and  the  radial 
probability  function  would  look  like  for  the  4s  orbital  of 
the  hydrogen  atom. 

6.92  The  "magic  numbers  '  in  the  periodic  table  are  the 
atomic  numbers  of  elements  with  high  stability  (the 

noble  gases):  2,  10,  IS,  36,  54,  and  86.  In  terms  of  al- 
lowed values  of  orbitals  and  spin  quantum  numbers, 

explain  why  these  electron  arrangements  correspond 
to  special  stability. 

[ 6.93 1  For  non-spherically  symmetric  orbitals.  the  contour 
representations  (as  in  Figures  6.22  and  6.23)  suggest 
where  nodal  planes  exist  (that  is,  where  the  electron 
density  is  zero).  For  example,  the  /»,  orbital  has  a  node 
wherever  v  -  0;  this  equation  is  satisfied  by  all  points 
on  the  i/;  plane,  so  this  plane  is  called  a  nodal  plane  of 
the  /',  orbital,  (a)  Determine  the  nodal  plane  of  the  p 
orbital,  (b)  What  are  the  two  nodal  planes  of  the  dxu  or- 

bital1 (c)  What  are  the  two  nodal  planes  of  the  i!,- 
orbital? 

1 6.94 1  As  noted  in  f  igure  6.25,  the  spin  of  an  electron  gener- 
ates a  magnetic  field,  with  spin-up  and  spin-dov\  n  elec- 

trons ha\  ing  opposite  fields.  In  the  absence  of  a 
magnetic  field,  a  spin-up  and  a  spin-down  electron 
have  the  same  energy,  (a)  Why  do  you  think  that  the 
use  of  a  magnet  was  important  in  the  disco\  ery  of  elec- 

tron spin  (see  the  "A  Closer  I  ook"  box  in  Section  6.7)? 
(b)  Imagine  that  the  two  spinning  electrons  in  Figure 

6.25  were  placed  between  the  poles  ot  a  horseshoe  mag- 
net, with  the  north  pole  of  the  magnet  at  the  top  of  the 

figure.  Based  on  what  you  know  about  magnets,  would 
you  expect  the  left  or  right  electron  in  the  figure  to  have 

the  lower  energy1  (c)  A  phenomenon  called  flection  s/i/// 
resonance  (ESR)  is  closely  related  to  nuclear  magnetic 
resonance.  In  ESR  a  compound  with  an  unpaired  elec- 

tron is  placed  in  a  magnetic  field,  which  causes  the  un- 
paired electron  to  have  two  different  energy  states 

analogous  to  Figure  6.27.  ESR  uses  microwave  radia- 
tion to  excite  the  unpaired  electron  from  one  state  to  the 

other.  Based  on  your  reading  of  the  "Chemistry  and 
Life"  box  in  Section  6.7,  does  an  ESR  experiment  re- 

quire photons  of  greater  or  lesser  energy  than  an  \MR 

experiment1 
[6.95|  I  he  "C  hemistrv  and  I  ife"  box  in  Section  6.7  described 

the  techniques  called  NMR  and  MRI.  (a)  Instruments  for 

obtaining  MRI  data  are  typically  labeled  with  a  frequen- 
cy, such  as  600  MHz.  Wh\  do  you  suppose  this  label  is 

relevant  to  the  experiment7  (b)  What  is  the  value  ot  A/ 
in  Figure  h.27  that  would  correspond  to  the  absorption 

of  a  photon  of  radiation  w  ith  frequency  450  \ll  I/1  (c)  In 
general,  the  stronger  the  magnetic  field,  the  greater  the 
information  obtained  from  an  NMR  or  MRI  experiment 
Why  do  you  suppose  this  is  the  case? 

|6.96|  Suppose  that  the  spin  quantum  number,  m  ,  could  hav  e 
three  allow  ed  values  instead  of  two.  I  low  would  this  af- 

fect the  number  of  elements  m  the  lirst  tour  rows  of  the 

periodic  table? 
6.97  Using  only  a  periodic  table  as  a  guide,  write  the  i 

densed  electron  configurations  tor  the  follow  in 
(a)  Se,  (b)  Rh,  (c)  Si,  (d)  I  Ig,  (e)  I  It. 

6.98  Scientists  have  speculated  that  element 

a  moderate  stability,  allowing  it  to  In-  svnthesi/ed  and 
characterized.  Predict  wh.it  the  conder  d  electron  con- 

figuration of  this  element  might  be 
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16.99]  Microwave  ovens  use  microwave  radiation  to  heat  food. 

The  microwaves  are  absorbed  by  moisture  in  the  food, 
which  is  transferred  to  other  components  of  the  food.  As 
the  water  becomes  hotter,  so  Joes  the  food.  Suppose 
that  the  microwave  radiation  has  a  wavelength  ol  112 
cm.  How  many  photons  are  required  to  heat  200  ml  of 
coffee  from  23  C  to  60°C? 

6.100  The  stratospheric  ozone  (O3)  layer  helps  to  protect  us 
from  harmful  ultraviolet  radiation.  It  does  so  by  absorb- 

ing ultraviolet  light  and  tailing  apart  into  an  02 
molecule  and  an  oxygen  atom,  a  process  known  as 
photodissociation. 

03(g)   ►  02(g)  +  0(g) 
Use  the  data  in  Appendix  C  to  calculate  the  enthalpy 

change  for  this  reaction.  What  is  the  maximum  wave- 
length a  photon  can  have  if  it  is  to  possess  sufficient  en- 

ergy to  cause  this  dissociation?  In  what  portion  of  the 
spectrum  does  this  wavelength  occur? 

6.101  The  discovery  of  hafnium,  element  number  72,  provid- 
ed a  controversial  episode  in  chemistry.  G.  Urbain,  a 

French  chemist,  claimed  in  1LM1  to  have  isolated  an  ele- 
ment number  72  from  a  sample  of  rare  earth  (elements 

58-71)  compounds.  However,  Niels  Bohr  believed  that 
hafnium  was  more  likely  to  be  found  along  with  zirconi- 

um than  with  the  rare  earths.  D.  Coster  and  G.  von 

Hevesy,  working  in  Bohr's  laboratory  in  Copenhagen, 
showed  in  le<22  that  element  72  was  present  in  a  sample 
of  Norwegian  zircon,  an  ore  of  zirconium.  (The  name 
hafnium  comes  from  the  Latin  name  for  Copenhagen, 
Hafnia).  (a)  How  would  you  use  electron  configuration 

arguments  to  justify  Bohr's  prediction?  (b)  Zirconium, 
hafnium's  neighbor  in  group  4B,  can  be  produced  as  a 
metal  by  reduction  of  solid  Z1GI4  with  molten  sodium 

metal.  Write  a  balanced  chemical  equation  for  the  reac- 
tion. Is  this  an  oxidation-reduction  reaction?  If  yes,  what 

is  reduced  and  what  is  oxidized?  (c)  Solid  zirconium 

dioxide,  Zr02,  is  reacted  with  chlorine  gas  in  the  pres- 
ence of  carbon.  The  products  of  the  reaction  are  ZrCl4 

and  two  gases,  CQ2  and  CO  in  the  ratio  1  : 2.  Write  a  bal- 
anced chemical  equation  for  the  reaction.  Starting  with  a 

55.4-g  sample  of  Zr02,  calculate  the  mass  of  ZrCI4 
formed,  assuming  that  Zr02,  is  the  limiting  reagent  and 

assuming  100%  yield,  (d)  Using  their  electron  configu- 
rations, account  for  the  fact  that  Zr  and  Hf  form  chlo- 

rides MCI)  and  oxides  M()2. 
6.102  (a)  Account  for  formation  of  the  following  series  of  ox- 

ides in  terms  of  the  electron  configurations  of  the  ele- 
ments and  the  discussion  of  ionic  compounds  in  Section 

2.7:  K20,CaO,Sc20^,  Ti02,  V2O^CrOv  (b)  Name 
these  oxides,  (c)  Consider  the  metal  oxides  whose  en- 

thalpies of  formation  (in  kj  mol  ')  are  listed  here. 
Oxide 

K20(s) 

CaO(s) Ti02<s) 

V2Os(s) 

ah; 

363.2 

-635.1 
-938.7 

-1550.6 

Calculate  the  enthalpy  changes  in  the  following  general 
reaction  for  each  case: 

M„0„,(s)  +  H2(x)   »  nlM(s)  +  /»H20(x) 

(You  will  need  to  write  the  balanced  equation  for  each 

case,  then  compute  AH"\)  (d)  Based  on  the  data  giv  en, 
estimate  a  value  of  AH°  for  Sc2Ot(s). 

6.103  The  first  25  years  of  the  twentieth  century  were  momen- 

tous for  the  rapid  pace  of  change  in  scientists'  understand- 
ing of  the  nature  of  matter,  (a)  How  did  Rutherford's 

experiments  on  the  scattering  of  a  particles  by  a  gold 

foil  set  the  stage  for  Bohr's  theory  of  the  hydrogen 
atom?  (b)  In  what  ways  is  de  Broglie's  hypothesis,  as  it 

applies  to  electrons,  consistent  with  J.  J.  Thomson's  con- clusion that  the  electron  has  mass?  In  what  sense  is  it 

consistent  with  proposals  that  preceded  Thomson's 
work,  that  the  cathode  ravs  are  a  wave  phenomenon? 

16.104]  The  two  most  common  isotopes  of  uranium  are  U 

and  238U.  (a)  Compare  the  number  of  protons,  the 
number  of  electrons,  and  the  number  of  neutrons  in 
atoms  of  these  two  isotopes,  (b)  Using  the  periodic 
table  in  the  front  inside  cover,  write  the  electron  con- 

figuration for  a  U  atom,  (c)  Compare  your  answer  to 
part  (b)  to  the  electron  configuration  given  in  Figure 
6.30.  How  can  you  explain  any  differences  between 

these  two  electron  configurations?  (d)  ~  8U  undergoes 
radioactive  decay  to  2  4Th.  How  many  protons,  elec- 

trons, and  neutrons  are  gained  or  lost  by  the  238U  atom 
during  this  process?  (e)  Examine  the  electron  configu- 

ration for  Th  in  Figure  6.30.  Are  you  surprised  by  what 

you  find?  Explain. 

eMEDIA  EXERCISES 

I  hese  exerc  ises  make  use  of  the  interactive  objects  available  on- 
line in  OneKev  or  the  Companion  Website,  and  on  your  Accel- 

erator CD.  Access  to  these  resources  comes  in  your  Medial'ak. 
6.105  The  Electromagnetic  Spectrum  activity  (6.2)  allows  you 

to  choose  .1  color  in  the  v  isible  spectrum  and  see  its 
wavelength,    frequency,    and    energy    per  photon, 
(a)  What  is  the  wavelength  range  of  blue  light?  (b)  What 
are  the  ranges  ol  its  frequency  and  energy  per  photon? 
(c)  Exercise  6.25  indicates  that  a  type  of  sunburn  is 
caused  by  light  with  wavelength     325  nm.  Would  you 
expect  any  of  the  visible  wavelengths  to  cause  sunburn? 
Explain. 

6.106  In  the  Flame  Tests  for  Metals  movie  (6.3)  the  charac- 
teristic color  of  the  flame  is  produced  by  emissions  at 

several  visible  wavelengths,  with  the  most  intense 
spectral  lines  dominating  the  color.  For  instance,  the 
most  intense  visible  lines  in  the  spectrum  of  lithium 

occur  at  -671  nm.  (a)  What  color  is  light  of  this  wave- 
length? (b)  At  what  approximate  wavelength  would 

you  expect  to  find  the  most  intense  lines  in  the  visible 
spectrum  of  potassium?  (c)  Based  on  the  movie,  how 
would  you  expect  the  intensity  of  visible  lines  in  the 

spectrum  of  potassium  to  compare  to  those  in  the  spec- 
trum of  lithium?  (d)  Would  it  be  possible  to  verify  the 



presence  of  individual  metals  using  flame  color  it  sev- 
eral metal  salts  were  mixed  together?  It  not,  explain 

why  not. 
6.107  In  the  Radial  Electron  Distribution  animation  (6.6)  the 

radial  electron  density  plots  ol  helium,  neon,  and  argon 
are  all  placed  on  the  same  graph,  (a)  Explain  why  the 
maximum  for  the  helium  plot  and  the  first  maximum  for 

each  of  the  other  two  occur  at  significantly  different  dis- 
tances from  the  nucleus,  (b)  Based  on  how  tar  the 

outermost  maximum  tor  each  plot  is  from  the  nucleus, 

predict  which  pair  would  have  the  greater  difference  be- 
tween their  first  ionization  energies  (the  energy  required 

to  remove  completely  an  electron  from  the  outermost 
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shell):  helium  and  neon,  or  neon  and  argon.  Explain reasoning. 

6.108  The  electron  configuration  given  in  Exercise  6.71(c)  is  one 

of  a  handful  of  examples  ol  an  s  electron  being  "stolen"  in 
order  to  till  or  half-fill  a  d  subshell.  (As  seen  in  the  Electron 
Configurations  animation  (6.8),  there  is  special  stability 

associated  with  filled  and  halt-filled  subshells.)  (a)  I  sing 
the  Electron  Configuration  activity  (6.8),  identify  .it  least 
three  more  examples  like  this  (b)  Are  there  am  instances 
of  both  >  electrons  being  stolen  in  order  to  till  a  d  subshell? 
[fso,  name  the  element(s).  (c)  IVhy  is  this  phenomenon  not 

observed  in  /'-block  elements?  That  is,  wh\  is  chlorine's 
electron  configuration  [Ne]3s  3p'  rather  than  [Ne]3s  3/'*1? 

^LABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  and  skills 
for  this  chapter  in  the  simulated  laboratory  of  Virtual  ChemLab. 
Worksheets  for  each  ot  these  exercises  are  found  in  the  Virtual 
ChemLab  Workbook  in  your  MediaPak. 

6.109  (VCL  6-1)  Blackbody  Radiation 
In  the  early  1900s  several  experimental  results  appeared 
to  be  in  conflict  with  classical  physics.  One  of  these  ex- 

periments was  the  study  of  blackbody  radiation.  A 
blackbody  is  a  solid  (such  as  a  piece  ot  iron)  that  does 
not  emit  light  at  low  temperatures,  but  when  heated,  the 

"blackbody"  begins  to  emit  first  red  and  then  orange 
light  and  at  higher  temperatures  eventually  becomes 
white-hot.  The  intensity  of  the  emitted  light  is  also  a 
function  of  temperature.  In  this  problem  you  will  make 
observations  similar  to  those  of  Max  Planck  ( hS>S-LU7), 
who,  through  his  study  ot  blackbody  radiation,  found 
an  explanation  that  revolutionized  how  scientists  think 
about  radiated  energy. 

6.110  (VCL  6-2)  Photoelectric  Effect 

Though  Albert  Einstein  is  most  famous  for  /  mc- 
and  his  work  in  describing  relativ  ity  in  mechanics,  his 

Nobel  Prize  was  for  understanding  a  very  simple  ex- 
periment. It  was  long  understood  that  if  vou  directed 

light  of  a  certain  wavelength  at  a  piece  of  metal,  it 
would  emit  electrons.  In  classical  theory  the  energy  of 
the  light  was  thought  to  be  based  on  its  intensity  and 

not  its  frequency.  However,  the  results  ot  the  photo- 
electric effect  contradicted  classical  theory.  These  in- 

consistencies led  Einstein  to  suggest  that  we  need  to 
think  of  light  as  being  composed  of  particles  (photons) 

and  not  just  as  waves.  In  this  experiment  vou  will  re- 
produce a  photoelectric  experiment  and  show  that  the 

energy  (£)  of  a  photon  of  light  is  related  to  its  frequen- 
cy and  not  its  intensity. 

6.111  (VCL  6-3)  t  he  Rydberg  Equation 
When  a  sample  ot  gas  is  excited  by  applying  a  large  al- 

ternating electric  field,  the  gas  emits  light  at  certain  dis- 
crete wavelengths,  but  the  classical  picture  ot  atoms 

would  allow  electrons  to  be  at  any  energy  level  and  thus 
the  energy  would  be  continuous  over  all  w  av  elengths. 
In  the  late  1800s  two  scientists,  lohann  Balmer  and  Jo- 

hannes Rydberg,  developed  a  mathematical  equation 
th.it  correlated  the  wavelength  of  the  emitted  light  for 

certain  gases  such  as  Hi.  Later,  Niels  Bohr's  concept  of 
quantized  "jumps"  by  electrons  between  orbits  was 
shown  to  be  consistent  with  the  Rydberg  equation.  In 
this  assignment  vou  will  measure  the  wavelengths  ol 

the  lines  in  the  hydrogen  emission  spectra  and  graphi- 
cally determine  the  value  of  the  Rydberg  constant,  R^. 

6.112  (VCL  6-4)  Atomic  Emission  Spectra 
When  a  sample  of  gas  is  excited  by  applying  a  large  alter- 

nating electric  field,  the  gas  emits  light  at  certain  discrete 
wavelengths.  The  intensity  and  wavelength  of  the  light 

that  is  emitted  is  called  the  atomic  (.'mission  spectrum  and 
is  unique  tor  each  gas.  In  this  assignment  vou  will  mea- 

sure the  emission  spectra  lor  several  gases  and  make 
some  observations  about  the  differences  in  their  spectra. 

6.113  (VCL  6-5)  Heisenberg  Uncertainty  Principle 
It  has  long  been  known  that  il  vou  shine  light  through 
narrow  slits  that  are  spaced  at  small  intervals,  the  light 
will  form  a  diffraction  pattern.  A  diffraction  pattern  is  a 

series  of  light  and  dark  patterns  caused  b\  wave  interfer- 
ence. The  wave  interference  can  be  either  constructive 

(light)  or  destructive  (dark).  In  this  experiment  vou  will 
shine  a  laser  through  a  device  w  ith  two  slits  w  here  the 

spacing  can  be  adjusted,  and  vou  w  ill  investigate  the  pat- 
terns that  w  ill  be  made  at  a  distance  from  the  shK  From 

this  you  will  be  able  to  study  the  effet  t  ol  the  I  leisenberg 
uncertainty  principle  on  the  diffraction  ot  light. 
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7.2  Effective  Nuclear  Charge 

7.3  Sizes  of  Atoms  and  Ions 

7.4  Ionization  Energy 

7.5  Electron  Affinities 

7.6  Metals,  Nonmetals, 
and  Metalloids 

7.7  Croup  Trends  for  the  Active 
Metals 

7.8  Group  Trends  for  Selected 
Nonmetals 

WHAT'S  AHEAD 

•  Our  discussion  begins  with  a  brief 
history  of  the  periodic  table. 
(Section  7.1) 

•  We  will  see  that  many  properties  of 
atoms  depend  both  on  the  net 
attraction  of  the  outer  electrons  to 
the  nucleus  (an  attraction  that  is  due 
to  the  effective  unclear  charge)  and  on 

the  average  distance  of  those 
electrons  from  the  nucleus. 
(Sections  7.2  and  7.3) 

•  We  will  examine  periodic 
trends  in  the  atomic  size, 
ionization  energy,  and 
election  affinity  of 
atoms.  ( Sections  7.3, 
7.4,  ami  7.5) 

•  We  will  also 

examine  the  sizes 
of  ions  and  their 
electron 

configurations. 
(Sections  7.3 

and  7.4) 
•  We  will 

explore  some 
of  the 
differences  in 

the  physical 
and  chemical 

properties  of metals,  nonmetals 
and  metalloids. 
(Section  7.6) 

Finally,  we  will  discuss  some 
periodic  trends  in  the  chemistry  of 
the  active  metals  (groups  1 A  and 

2A),  of  hydrogen,  and  of  several 
other  nonmetals  (groups  6A  to  8A). 
(Sections  7.7  and  7.8) 



Periodic  Properties 

of  the  Elements 

THE  BEAUTY  OF  AN  IMPRESSIONIST  OIL  PAINTING,  such  as  the 

Monet  masterpiece  shown  here,  begins  with  chem- 

istry. Colorful  inorganic  salts  are  suspended  in 

|      various  organic  media  that  contain  hydrocar- 
bons and  other  molecular  substances.  Indeed, 

the  great  painters  had  a  gift  tor  using  compounds  of  elements  that 

span  nearly  the  entire  periodic  table. 
Today  the  periodic  table  is  still  the  most  significant  tool 

chemists  have  tor  organizing  and  remembering  chemical  facts. 

As  we  saw  in  Chapter  6,  the  periodic  nature  ot  the  table  aris- 
es from  the  repeating  patterns  in  the  electron  configura- 

tions ot  the  elements.  Elements  in  the  same  column  of  the 
table  contain  the  same  number  ot  electrons  in  their 

valence  orbitals,  the  occupied  orbitals  that  hold  the 
electrons    involved    in    bonding.    For  example, 

and  S  ([Ne]3s  3p  )  are  both  members 

hA;  the  similarity  ot  the  electron  distribu- 
their  valence  s  and  p  orbitals  leads  to  sim- 
es  in  the  properties  of  these  two  elements. 
When  we  compare  O  and  S,  however,  it  is 

parent  that  they  exhibit  differences  as  well, 

ot  the  least  ot  which  is  that  oxygen  is  a  col- 
orless gas  at  room  temperature,  whereas 

sulfur  is  a  yellow  solid  (Figure  7.1  ►)! 
One  ot  the  major  differences  between 
atoms  ot  these  two  elements  is  their 

electron  configurations:  The  outer- 
most electrons  ot  O  are  in  the  sec- 

ond shell,  whereas  those  of  S  an' 
in  the  third  shell.  We  will  see 

k       that  electron  configurations 

can    be    used    to  explain 

I  h       differences  as  well  as  simi- 

\larities  in  the  properties -       of  elements. 

OIL  PAINTS  CONTAIN  PIGMENTS,  which  are  usually  highly  colored  salts,  suspended  in  an  organic 
carrier  composed  of  a  variety  of  heavy  hydrocarbon  molecules.  This  painting,  by  the  famous  French 

Impressionist  Claude  Monet  (1840-1926),  is  entitled  La  rue  Montorgueil,  fete  du  30  juin  1878. 

Claude  Monet  (1840-1926)  "Rue  Montorgueil  in  Pans,  Festival  ol  30  June  1878"  18/8  Herve 
Lewandowski/Reunion  des  Musees  Nationaux/Art  Resource,  NY  261 
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A  Figure  7.1   Oxygen  and  sulfur.  Because 
they  are  both  group  6A  elements,  oxygen  and 
sulfur  have  many  chemical  similarities.  They  also 
have  many  differences,  however,  including  the 
forms  they  take  at  room  temperature.  Oxygen 
consists  of  02  molecules  that  appear  as  a 
colorless  gas  (shown  here  enclosed  in  a  glass 
container  on  the  left).  In  contrast,  sulfur  consists 
of  S8  molecules  that  form  a  yellow  solid. 

In  this  chapter  we  explore  how  some  of  the  important  properties  of  ele- 
ments change  as  we  move  across  a  row  or  down  a  column  of  the  periodic  table. 

In  many  cases  the  trends  within  a  row  or  column  allow  us  to  make  predictions 
about  the  physical  and  chemical  properties  of  the  elements. 

7.1  |  Development  of  the  Periodic  Table  

The  discovery  of  the  chemical  elements  has  been  an  ongoing  process  since  an- 
cient times  (Figure  7.2  T).  Certain  elements,  such  as  gold,  appear  in  nature  in 

elemental  form  and  w  ere  thus  discovered  thousands  of  years  ago.  In  contrast, 
some  elements  are  radioactive  and  intrinsically  unstable.  We  know  about  them 

only  because  of  technology  developed  in  the  twentieth  century. 

The  majority  of  the  elements,  although  stable,  are  dispersed  widely  in  na- 
ture and  are  incorporated  into  numerous  compounds.  For  centuries,  therefore, 

scientists  were  unaware  of  their  existence.  In  the  early  nineteenth  century,  ad- 
vances in  chemistry  made  it  easier  to  isolate  elements  from  their  compounds. 

As  a  result,  the  number  of  known  elements  more  than  doubled  from  31  in  1800 

to  63  by  1865. 
As  the  number  of  known  elements  increased,  scientists  began  to  investigate 

the  possibilities  of  classifying  them  in  useful  ways.  In  1869,  Dmitri  Mendeleev 

in  Russia  and  Lothar  Meyer  in  Germany  published  nearly  identical  classifica- 
tion schemes.  Both  scientists  noted  that  similar  chemical  and  physical  proper- 
ties recur  periodically  when  the  elements  are  arranged  in  order  of  increasing 

atomic  weight.  Scientists  at  that  time  had  no  knowledge  of  atomic  numbers. 
Atomic  weights,  however,  generally  increase  with  increasing  atomic  number, 

so  both  Mendeleev  and  Meyer  fortuitously  arranged  the  elements  in  proper  se- 
quence. The  tables  of  elements  advanced  by  Mendeleev  and  Meyer  were  the 

forerunners  of  the  modern  periodic  table. 
Although  Mendeleev  and  Meyer  came  to  essentially  the  same  conclusion 

about  the  periodicity  of  elemental  properties,  Mendeleev  is  given  credit  for  ad- 
vancing his  ideas  more  vigorously  and  stimulating  much  new  work  in  chem- 

istry. His  insistence  that  elements  with  similar  characteristics  be  listed  in  the 
same  family  forced  him  to  leave  several  blank  spaces  in  his  table.  For  example, 

►  Figure  7.2   Discovering  the  elements. 
Periodic  table  showing  the  dates  of  discovery  of 
the  elements. 
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with  the  Observed  Properties  of  Germanium 
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Property 

Mendeleev's  Predictions 
for  Eka-Silicon 
(made  in  1871) 

Observed  Properties 
of  Germanium 
(discovered  in  1886) 

Atomic  weight 72 

72.5s1 
Density  (g/cm3) 

5.5 5.35 

Specific  heat  (|,g-k) 
0.305 

0.309 
Melting  point  (  C) 

High 947 
Color 

Dark  gray 
Grayish  white 

Formula  of  oxide 

xo2 Ge02 

Density  of  oxide  (g/cm  ) 4.7 
4.70 Formula  of  chloride 

XCL, GeCl4 

Boiling  point  of  chloride  (  C) A  little  under  100 84 

both  gallium  (Ga)  and  germanium  (( ie)  were  unknown  at  that  time.  Mendeleev 

boldly  predicted  their  existence  and  properties,  referring  to  them  as  eka- 

aluminum  ("under"  aluminum)  and  eka-silicon  ("under"  silicon),  respectively, 
after  the  elements  under  which  they  appear  in  the  periodic  table.  When  these 

elements  were  discovered,  their  properties  closely  matched  those  predicted  bv 
Mendeleev,  as  shown  in  Table  7.1  ▲. 

In  1913,  two  years  after  Rutherford  proposed  the  nuclear  model  of  the  atom 

,  an  English  physicist  named  Henry  Moseley  (1887-1915)  de- 
veloped the  concept  of  atomic  numbers.  Moseley  determined  that  the  frequen- 

cies of  X  rays  emitted  as  different  elements  were  bombarded  with  high-energy 
electrons.  He  found  that  each  element  produces  X  rays  of  a  unique  frequency; 
furthermore,  he  found  that  the  frequency  generally  increased  as  the  atomic 

mass  increased.  He  arranged  the  X-ray  frequencies  in  order  by  assigning  a 
unique  whole  number,  called  an  atomic  number,  to  each  element.  Moseley  cor- 
recth  identified  the  atomii  number  as  the  number  ol  protons  in  the  nu<  leus  ol 
the  atom  and  the  number  of  electrons  in  the  atom. 

The  concept  of  atomic  number  clarified  some  problems  in  the  early  version 
of  the  periodic  table,  which  was  based  on  atomic  weights.  For  example,  the 

atomic  weight  of  Ar  (atomic  number  IS)  is  greater  than  that  of  K  (atomic  num- 
ber 19).  However,  when  the  elements  are  arranged  in  order  of  increasing  atom- 

ic number,  rather  than  increasing  atomic  weight,  Ar  and  K  appear  in  their 

correct  places  in  the  table.  Moseley's  studies  also  made  it  possible  to  identify 

"holes"  in  the  periodic  table,  which  led  to  the  discovery  of  other  previously  un- known elements. 

Q    GIVE  IT  SOME  THOUGHT 

Arranging  the  elements  by  atomic  weight  leads  to  a  slightly  different  order  than  ar- 
ranging them  by  atomic  number.  How  can  this  happen? 

7.2  |  Effective  Nuclear  Charge  

Because  electrons  are  negatively  charged,  they  are  attracted  to  nuclei,  which  are 
positively  charged.  Manv  of  the  properties  of  atoms  depend  not  only  on  their 

electron  configurations  but  also  on  bow  strongly  their  outer  electrons  are  at- 

tracted to  the  nucleus.  Coulomb's  law  tells  us  that  the  strength  of  the  interaction 
between  two  electrical  charges  depends  on  the  signs  and  magnitudes  of  the 
charges  and  on  the  distance  between  them.  Thus,  the  force  of 

attraction  between  an  electron  and  the  nucleus  depends  on  the  magnitude  of  the 
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lJ  ANIMATION ^    Effective  Nuclear  Charge 

T  Figure  7.3   Effective  nuclear  charge. 
(a)  The  effective  nuclear  charge  experienced  by 
the  valence  electron  in  sodium  depends  mostly  on 
the  1 1  *  charge  of  the  nucleus  and  the  10- 
charge  of  the  neon  core.  If  the  neon  core  were 
totally  effective  in  shielding  the  valence  electron 
from  the  nucleus,  then  the  valence  electron  would 
experience  an  effective  nuclear  charge  of  1  +  . 
(b)  The  3s  electron  has  some  probability  of  being 
inside  the  Ne  core.  As  a  consequence  of  this 

"penetration,"  the  core  is  not  totally  effective  in 
screening  the  3s  electron  from  the  nucleus.  Thus, 
the  effective  nuclear  charge  experienced  by  the  3s 
electron  is  somewhat  greater  than  1  +. 

net  nuclear  charge  acting  on  the  electron  and  on  the  av  erage  distance  between 
the  nucleus  and  the  electron.  The  force  of  attraction  increases  as  the  nuclear 

charge  increases  and  decreases  as  the  electron  mov  es  farther  from  the  nucleus. 

In  a  many-electron  atom,  each  electron  is  simultaneously  attracted  to  the 
nucleus  and  repelled  by  the  other  electrons.  In  general,  there  are  so  manv 

electron-electron  repulsions  that  we  cannot  analyze  the  situation  exactly.  We 
can,  however,  estimate  the  net  attraction  of  each  electron  to  the  nucleus  by  con- 

sidering how  it  interacts  with  the  average  env  ironment  created  by  the  nucleus 

and  the  other  electrons  in  the  atom.  This  approach  allows  us  to  treat  each  elec- 
tron individually  as  though  it  were  moving  in  the  net  electric  field  created  by 

the  nucleus  and  the  electron  density  of  the  other  electrons.  We  can  view  this  net 

electric  field  as  if  it  results  from  a  single  positive  charge  located  at  the  nucleus, 

called  the  effective  nuclear  charge,  ZlH.  It  is  important  to  realize  that  the  effec- 
tive nuclear  charge  acting  on  an  electron  in  an  atom  is  smaller  than  the  actual 

nuclear  charge  because  the  effective  nuclear  charge  also  accounts  for  the  repul- 
sion of  the  electron  by  the  other  electrons  in  the  atom — in  other  words, 

Zeff  <  Z.  Let's  consider  how  we  can  get  a  sense  of  the  magnitude  of  Zeff  for  an 
electron  in  an  atom. 

A  valence  electron  in  an  atom  is  attracted  to  the  nucleus  of  the  atom  and  is 

repelled  by  the  other  electrons  in  the  atom.  In  particular,  the  electron  density 

that  is  due  to  the  inner  (core)  electrons  is  particularly  effective  at  partially  can- 
celing the  attraction  of  the  valence  electron  to  the  nucleus — we  say  that  the 

inner  electrons  partially  shield  or  screen  the  outer  electrons  from  the  attraction  of 
the  nucleus.  We  can  therefore  write  a  simple  relationship  between  the  effective 
nuclear  charge,  ZL,H,  and  the  number  of  protons  in  the  nucleus,  Z: 

efi 

[7.1] 

Valence  (3s)  electron 

[Ne]  core  (10 

Nucleus  (11  +  ) 

y  Combined  effect 
=  11  -  10  =  1  + 

(a) 

0.5  1.0  1.5  2.0 
Distance  from  nucleus  (A) 

(b) 

The  factor  S  is  a  positive  number  called  the  screening  constant,  and  it  represents 
the  portion  of  the  nuclear  charge  that  is  screened  from  the  valence  electron 
by  the  other  electrons  in  the  atom.  Because  the  core  electrons  are  most  effective 
at  screening  a  valence  electron  from  the  nucleus,  the  value  of  5  is  usually  close  to 

the  number  of  core  electrons  in  an  atom.  Electrons  in  the 

same  valence  shell  hardly  screen  one  another  but  do  af- 
fect the  value  of  S  slightly. 

Let's  take  a  look  at  an  Na  atom  to  see  what  we 
would  expect  for  the  magnitude  of  Zeff.  Sodium  (atomic 
number  11)  has  a  condensed  electron  configuration  of 

[Ne]3s*.  The  nuclear  charge  of  the  atom  is  11  +  ,  and  the 

Ne  inner  core  consists  of  10  electrons  (ls~2s~2r>6).  Very 
roughly  then,  we  would  expect  the  3s  valence  electron 
of  the  Na  atom  to  experience  an  effective  nuclear  charge 

of  about  11  -  10  =  1+,  as  pictured  in  a  simplified  way 

in  Figure  7.3(a)  <.  The  situation  is  a  bit  more  complicat- 
ed because  of  the  electron  distributions  of  atomic 

orbitals.  Recall  that  a  3s  electron  has  a 

small  probability  of  being  found  close  to  the  nucleus 
and  inside  the  core  electrons,  as  shown  in  Figure  7.3(b). 

Thus,  there  is  a  probability  that  the  3s  electron  will  ex- 
perience a  greater  attraction  than  our  simple  model  sug- 

gests, which  will  increase  the  value  of  Zeff  somewhat. 
Indeed,  more  detailed  calculations  (which  are  beyond 

the  scope  of  our  discussion)  indicate  that  the  effective 
nuclear  charge  acting  on  the  3s  electron  in  Na  is  2.5  +  . 

The  notion  of  effective  nuclear  charge  also  explains 

an  important  effect  we  noted  in  Section  6.7,  namely,  that 

for  a  many-electron  atom  the  energies  of  orbitals  with 
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the  same  //  value  increase  with  increasing  /  value.  For  example, 
consider  a  carbon  atom,  for  which  the  electron  configuration  is 

ls22s22p2.  The  energy  of  the  2p  orbital  (/  -  1  )  is  slightly  high- 
er than  that  of  the  2s  orbital  (/  =  0)  even  though  both  of  these 

orbitals  are  in  the  n  2  shell  (Figure  6.24).  The  reason  that 

these  orbitals  have  different  energy  in  a  many-electron  atom  is 
due  to  the  radial  probability  functions  for  the  orbitals,  shown 

in  Figure  7.4  ►.  Notice  that  the  2s  probability  function  has  a 

small  peak  fairly  close  to  the  nucleus,  whereas  the  2p  probabil- 
ity function  does  not.  As  a  result,  an  electron  in  the  2s  orbital  is 

less  effectively  screened  by  the  core  orbitals  than  is  an  electron 
in  the  2p  orbital.  In  other  words,  the  electron  in  the  2s  orbital 
has  a  higher  effective  nuclear  charge  than  one  in  the  2p  orbital. 
The  greater  attraction  between  the  2s  electron  and  the  nucleus 

leads  to  a  lower  energy  for  the  2s  orbital  than  for  the  2p  orbital. 

The  same  reasoning  explains  the  general  trend  in  orbital  ener- 

gies (ns  <  up  ■    nd)  in  many-electron  atoms. 

Finally,  let's  examine  the  trends  in  Y.vU  for  valence  elec- 
trons as  we  mo\e  from  one  element  to  another  in  the  periodic 

table.  The  effective  nuclear  charge  increases  as  we  move  across 

any  row  (period)  ot  the  table.  Although  the  number  of  core 
electrons  stays  the  same  as  we  move  across  the  row,  the  actual 

nuclear  charge  increases.  The  valence  electrons  added  to  coun- 
terbalance the  increasing  nuclear  charge  shield  one  another 

very  ineffectively.  Thus,  the  effectiv  e  nuclear  charge  increases  steadily.  For  ex- 
ample, the  Is  core  electrons  of  lithium  (Is  2s  )  shield  the  2s  valence  electron 

from  the  3+  nucleus  fairly  efficiently.  Consequently,  the  outer  electron  experi- 
ences an  effective  nuclear  charge  of  roughly  3  -  2  =  1 +.  For  beryllium  (Is  2s  ) 

the  effectiv  e  nuclear  charge  experienced  by  each  2s  valence  electron  is  larger;  in 
this  case,  the  inner  Is  electrons  are  shielding  a  4+  nucleus,  and  each  2s  electron 
only  partially  shields  the  other  from  the  nucleus.  Consequently,  the  effective 

nuclear  charge  experienced  by  each  2s  electron  is  about  4-2  =  2  +  . 
Going  down  a  column,  the  effectiv  e  nuclear  charge  experienced  by  valence 

electrons  changes  far  less  than  it  does  across  a  row.  For  example,  we  would  ex- 
pect the  effective  nuclear  charge  for  the  outer  electrons  in  lithium  and  sodium 

to  be  about  the  same,  roughly  3  —  2  =  I  1  for  lithium  and  11  10  =  1  t  for 
sodium.  In  fact,  however,  the  effective  nuclear  charge  increases  slightly  as  we 
go  down  a  family  because  larger  electron  cores  are  less  able  to  screen  the  outer 

electrons  from  the  nuclear  charge.  We  saw  earlier,  for  example,  that  the  value 
for  sodium  is  2.5  +  .  Nevertheless,  the  small  change  in  effective  nuclear  charge 

that  occurs  moving  down  a  column  is  generally  of  less  importance  than  the  in- 
crease that  occurs  when  moving  across  a  row. 

4      5"  6 Distance  from  nucleus  (A) 

3      4      5      6  7 
Distance  from  nucleus  (A) 

A  Figure  7.4   2s  and  2p  radial  functions. 
The  radial  probability  function  for  the  2s  orbital  of 

the  hydrogen  atom  (red  curve)  shows  a  "bump" of  probability  close  to  the  nucleus,  whereas  that 
for  the  Ip  orbital  (blue  curve)  does  not.  As  a 
result,  an  electron  in  the  2s  orbital  for  a  many- 
electron  atom  "sees"  more  of  the  nuclear  charge 
than  does  an  electron  in  the  Ip  orbital— the 
effective  nuclear  charge  experienced  by  the  2s 
electron  is  greater  than  that  for  the  2p  electron. 
This  difference  leads  to  our  observation  that  in  a 

many-electron  atom  the  orbitals  for  a  given  n 
value  increase  in  energy  with  increasing  /  value, 
that  is,  ns  is  lower  in  energy  than  np,  which  is 
lower  in  energy  than  nd  (Figure  6  24). 

9 GIVE  IT  SOME  THOUGHT 

Which  would  you  expect  to  experience  a  greater  effective  nuclear  charge,  a  Ip  elec- 
tron of  an  Ne  atom  or  a  3s  electron  of  an  Na  atom? 

7.3  I  Sizes  of  Atoms  and  Ions 

One  of  the  important  properties  of  an  atom  or  an  ion  is  its  size.  We  often  think 

of  atoms  and  ions  as  hard,  spherical  objects.  According  to  the  quantum  me- 
chanical model,  however,  atoms  and  ions  do  not  have  sharply  defined  bound- 

aries at  which  the  electron  distribution  becomes  zero. 
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▲  Figure  7.5   Distinction  between 
nonbonding  and  bonding  atomic  radii.  The 
nonbonding  atomic  radius  is  the  effective  radius 
of  an  atom  when  it  is  not  involved  in  bonding  to 
another  atom.  Values  of  bonding  atomic  radii  are 
obtained  from  measurements  of  interatomic 
distances  in  chemical  compounds. 

▼  Figure  7.6  Trends  in  atomic  radii. 
Bonding  atomic  radii  for  the  first  54  elements  of 
the  periodic  table.  The  height  of  the  bar  for  each 
element  is  proportional  to  its  radius,  giving  a 

"relief  map"  view  of  the  radii. 

Nevertheless,  we  can  define  atomic  size  in  several  ways,  based  on  the  distances 
between  atoms  in  various  situations. 

Imagine  a  collection  of  argon  atoms  in  the  gas  phase.  When  two  atoms  col- 
lide with  each  other  in  the  course  of  their  motions,  they  ricochet  apart — 

somewhat  like  billiard  balls.  This  happens  because  the  electron  clouds  of  the 

colliding  atoms  cannot  penetrate  each  other  to  any  significant  extent.  The  clos- 
est distances  separating  the  nuclei  during  such  collisions  determine  the 

apparent  radii  of  the  argon  atoms.  We  might  call  this  radius  the  nonbonding  atom- 
ic ratlins  of  an  atom. 

When  two  atoms  are  chemically  bonded  to  each  other,  as  in  the  CIt  mole- 
cule, there  is  an  attractive  interaction  between  the  two  atoms  leading  to  a  chem- 

ical bond.  We  will  discuss  the  nature  of  such  bonding  in  Chapter  8.  For  now,  the 
only  thing  we  need  to  realize  is  that  this  attractive  interaction  brings  the  two 

atoms  closer  together  than  they  would  be  in  a  nonbonding  collision.  We  can  de- 
fine an  atomic  radius  based  on  the  distances  separating  the  nuclei  of  atoms 

when  they  are  chemically  bonded  to  each  other.  This  distance,  called  the 

bonding  atomic  radius,  is  shorter  than  the  nonbonding  atomic  radius,  as  illus- 
trated in  Figure  7.5  A. 

Space-filling  models,  such  as  those  in  Figures  1.1  and  2.20,  use  nonbond- 
ing atomic  radii  (also  called  van  der  Waals  radii)  to  determine  the  size  of  the 

spheres  used  to  represent  atoms  of  different  elements.  When  a  space-filling 
model  of  a  molecule  is  being  built,  the  bonding  atomic  radii  (also  called 
covalent  radii)  are  used  to  determine  how  much  the  spheres  interpenetrate 

each  other  to  represent  the  correct  distance  between  the  centers  of  two  adja- 
cent atoms  in  the  molecule. 

Scientists  have  developed  a  variety  of  methods  for  measuring  the  distances 
separating  nuclei  in  molecules.  From  observations  of  these  distances  in  many 

molecules,  each  element  can  be  assigned  a  bonding  atomic  radius.  For  exam- 
ple, in  the  1 2  molecule,  the  distance  separating  the  iodine  nuclei  is  observed  to 

be  2.66  A.*  We  can  define  the  bonding  atomic  radius  of  iodine  on  this  basis  to 
be  one-half  of  the  bond  distance,  namely  1 .33  A.  Similarly,  the  distance  separat- 

ing two  adjacent  carbon  nuclei  in  diamond,  which  is  a  three- 
dimensional  solid  network,  is  1.54  A;  thus,  the  bonding  atomic 

radius  of  carbon  is  assigned  the  value  0.77  A.  The  radii  of 
other  elements  can  be  similarly  defined 

ure  7.6  <).  (For  helium  and  neon,  the 

bonding  radii  must  be  estimated  be- 
cause there  are  no  known  com- 

pounds of  these  elements.) 
Knowing  atomic  radii  allows  us 

to  estimate  the  bond  lengths  be- 
tween different  elements  in  mole- 

cules. For  example,  the  CI  —  CI  bond 
length  in  CIt  is  1.99  A,  so  a  radius  of 

0.99  A  is  assigned  to  CI.  In  the  com- 
pound CCI4  the  measured  length  of 

the  C  —  CI  bond  is  1.77  A,  very  close 
to  the  sum  (0.77  +  0.99  A)  of  the 

atomic  radii  of  C  and  CI. 

*  Remember:  The  angstrom  ( 1  A  II)  111  m)  is  a  convenient  metric  unit  for  atomic  measurements  of 
length.  I  he  angstrom  is  m>/  an  SI  unit.  The  most  commonly  used  SI  unit  for  such  measurements  is 

the  picometer  ( I  pm      10  12  m;  1  A  =  100pm). 
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Ncitiir.il  gas  used  in  home  heating  and  cooking  is  odorless.  Because  natural  gas  leaks 
pose  the  danger  of  explosion  or  suffocation,  various  smelly  substances  are  added  to 
the  gas  to  allow  detection  of  a  leak  One  sui  h  substance  is  methyl  mercaptan,  CH  iSH, 
whose  structure  is  shown  in  the  margin.  Use  Figure  7.6  to  predict  the  lengths  of  the 
C  —  S,  C  —  H,  and  S —  H  bonds  in  this  molecule. 

Solution 

Analyze  and  Plan:  We  are  given  three  bonds  and  the  list  of  bonding  atomic  radii.  We 
will  assume  thai  each  bond  length  is  the  sum  of  the  radii  of  the  two  atoms  involved. 
Solve:  Using  radii  for  C,  S,  and  H  from  Figure  7.6,  we  predict 

C  —  S  bond  length  =  radius  of  C  +  radius  of  S 

=  0.77  A  f  L.02  A  =  1.79  A 

C  —  H  bond  length   -  0.77  A  f  0.37  A  =  1.14  A 

S  —  H  bond  length  =  1.02  A  +  0.37  A  =  1.39  A 

Check:  The  experimentally  determined  bond  lengths  in  methyl  mercaptan  are 
C  — S  =  1.82  A,  C—H  =  1.10  A,  and  S  —  H  -  1.33  A.  (In  general,  the  lengths  of 
bonds  involving  hydrogen  show  larger  deviations  from  the  values  predicted  by  the 
sum  of  the  atomic  radii  than  do  those  bonds  involving  larger  atoms.) 
Comment:  Notice  that  the  estimated  bund  lengths  using  bonding  atomic  radii  are 
close  to,  but  not  exact  matches  of,  the  experimental  bond  lengths.  Atomic  radii  must 
be  used  with  some  caution  in  estimating  bond  lengths.  In  Chapter  H  we  will  examine 
some  of  the  average  lengths  of  common  types  of  bonds. 

MM  PRACTICE  EXERCISE 

Using  Figure  7.6,  predict  which  will  be  greater,  the  P     Br  bond  length  in  PBr-s  or  the 
As  —  CI  bond  length  in  AsCl3. 
Answer:  P — Br 

Periodic  Trends  in  Atomic  Radii 

If  we  examine  the  "relict  map"  of  atomic  radii  shown  in  Figure  7.6,  we  observe 
two  interesting  trends  in  the  data: 

1.  Within  each  column  (group),  atomic  radius  tends  to  increase  from  top  to 
bottom.  This  trend  results  primarily  from  the  increase  in  the  principal 
quantum  number  (//)  of  the  outer  electrons.  As  we  go  down  a  column,  the 
outer  electrons  have  a  greater  probability  of  being  farther  from  the  nucleus, 
causing  the  atom  to  increase  in  size. 

2.  Within  each  row  (period),  atomic  radius  tends  to  decrease  from  left  to  right. 

The  major  factor  influencing  this  trend  is  the  increase  in  the  effective  nu- 
clear charge  (Zctt)  as  we  move  across  a  row.  The  increasing  effective 

nuclear  charge  steadily  draws  the  valence  electrons  closer  to  the  nucleus, 
causing  the  atomic  radius  to  decrease. 

9  give  it  some  thqught 

As  we  proceed  across  a  row  of  the  periodic  table,  atomic  weight  increases  but  atom- 
ic radius  decreases.  Are  these  trends  a  contradiction? 

MM  SAMPLE  EXERCISE  7.2  |  Atomic  Radii 

Referring  to  a  periodic  table,  arrange  (as  much  as  possible)  the  following  atoms  in 
order  of  increasing  size:  15P,  |,,S,  r,As,  ̂ Se.  (Atomic  numbers  are  given  for  the  ele- 

ments to  help  you  locate  them  quickly  in  the  periodic  table.) 
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Solution 
Analyze  and  Plan:  We  are  given  the  chemical  symbols  for  four  elements.  We  can  use 
their  relative  positions  in  the  periodic  table  and  the  two  periodic  trends  just  de- 

scribed to  predict  the  relative  order  of  their  atomic  radii. 
Solve:  Notice  that  1'  and  S  are  in  the  same  row  of  the  periodic  table,  with  S  to  the 
right  of  P.  Therefore,  we  expect  the  radius  of  S  to  be  smaller  than  that  of  P.  (Radii  de- 

crease as  we  move  from  left  to  right.)  Likewise,  the  radius  of  Se  is  expected  to  be 

smaller  than  that  of  As.  We  also  notice  that  As  is  "directly  below  P  and  that  Se  is  di- 
rectly below  S.  We  expect,  therefore,  that  the  radius  of  As  is  greater  than  that  of  P  and 

the  radius  of  Se  is  greater  than  that  of  S.  From  these  observations,  we  predict  S  <  P, 
P  •  As,  S  -  Se,  and  Se  As.  We  can  therefore  conclude  that  S  has  the  smallest  ra- 

dius of  the  four  elements  and  that  As  has  the  largest  radius. 
Using  just  the  two  trends  described  above,  we  cannot  determine  whether  P  or  Se 

has  the  larger  radius;  to  go  from  P  to  Se  in  the  periodic  table,  we  must  mov  e  down 
(radius  tends  to  increase)  and  to  the  right  (radius  tends  to  decrease).  In  Figure  7.6  we 
see  that  the  radius  of  Se  (1.16  A)  is  greater  than  that  of  P  (1.06  A).  If  you  examine  the 
figure  carefully,  you  will  discover  that  for  the  representative  elements  the  increase  in 
radius  moving  down  a  column  tends  to  be  the  greater  effect.  There  are  exceptions, 
however. 

Check:  From  Figure  7.6,  we  have  S  (1.02  A)-  P  (1.06  A)  <Se  (1.16  A)  <  As 
(1.19  A). 
Comment:  Note  that  the  trends  we  have  just  discussed  are  for  the  representative  el- 

ements. You  will  see  in  Figure  7.6  that  the  transition  elements  do  not  show  a  regular 
decrease  from  left  to  right  in  a  row. 

■H  PRACTICE  EXERCISE 

Arrange  the  following  atoms  in  order  of  increasing  atomic  radius:  Na,  Be,  Mg. 
Answer:  Be  <  Mg  <  Na 

Periodic  Trends  in  Ionic  Radii 
ANIMATION 

Cain  and  toss  of  Electrons  The  radii  of  ions  are  based  on  the  distances  between  ions  in  ionic  compounds. 
Like  the  size  of  an  atom,  the  size  of  an  ion  depends  on  its  nuclear  charge,  on  the 

number  of  electrons  it  possesses,  and  on  the  orbitals  in  which  the  valence  elec- 
trons reside.  The  formation  of  a  cation  vacates  the  most  spatially  extended  oc- 

cupied orbitals  in  an  atom  and  also  decreases  the  number  of  electron-electron 
repulsions.  As  a  consequence,  cations  are  smaller  than  their  parent  atoms,  as  illus- 

trated in  Figure  7.7  ►.  The  opposite  is  true  of  anions.  When  electrons  are  added 

to  a  neutral  atom  to  form  an  anion,  the  increased  electron-electron  repulsions 
cause  the  electrons  to  spread  out  more  in  space.  Thus,  anions  are  larger  than  their 

parent  atoms. 
For  ions  carrying  the  same  charge,  size  increases  as  ice  go  dozen  a  column  in  the  pe- 

riodic table.  This  trend  is  also  seen  in  Figure  7.7.  As  the  principal  quantum  num- 
ber of  the  outermost  occupied  orbital  of  an  ion  increases,  the  radius  of  the  ion 

increases. 

m  SAMPLE  EXERCISE  7.3  |  Atomic  and  Ionic  Radii 

Arrange  these  atoms  and  ions  in  order  of  decreasing  size:  Mg~~,  Ca~~,  and  Ca. 

Solution  Cations  are  smaller  than  their  parent  atoms,  and  so  the  Ca:~  ion  is  smaller 
than  the  Ca  atom.  Because  Ca  is  below  Mg  in  group  2A  of  the  periodic  table,  Ca-^ 
is  larger  than  Mg~~.  Consequently,  Ca  >  Ca    >  Mg~7 

H  PRACTICE  EXERCISE 

Which  of  the  following  atoms  and  ions  is  largest:  S2",  S,  O2  ? Answer:  S 
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Group  1 A         Group  2A       Group  3A  Group  6A         Group  7A 

I  i 

0.68 

Li       Be"  Be       B' '  B 
o  o 

.34      0.31       0.90     0.23     0.82        0.73        1.40     0.71  1.33 

•4  Figure  7.7  Cation  and  anion  size. 
Comparisons  of  the  radii,  in  A,  of  neutral  atoms 
and  ions  for  several  of  the  groups  of 
representative  elements.  Neutral  atoms  are 
shown  in  gray,  cations  in  red,  and  anions  in  blue 

Na 
Na  Mg- 

s-       CI  CI 
Mg     AP'  Al 

0.97        1.54      0.66       1.30     031      1.18         1.02"      1.84  0.99 

s| 

1.33 

K       Or'       Ca     Ga3H  Ga 

.96  o.9M .74      0.d2  1.2h 

Se         Se-  Bi 
Br 

.96 

Rb Rb  Sr 

1.47  f  2.11 

Sr       In'  In Te  ,  fe 

.92     0.S1      1.44  1.35 

20 

An  isoelectronic  series  is  a  group  of  ions  all  containing  the  same  number  of 

electrons.  For  example,  each  ion  in  the  isoelectronic  series  O-  ,  F  ,  Na',  Mg-', 
AF+  has  10  electrons.  In  any  isoelectronic  series  we  can  list  the  members  in 
order  of  increasing  atomic  number,  and  therefore  nuclear  charge  increases  as 
we  move  through  the  series.  (Recall  that  the  charge  on  the  nucleus  of  an  atom 

or  monatomic  ion  is  given  by  the  atomic  number  of  the  element.)  Because  the 
number  of  electrons  remains  constant,  the  radius  of  the  ion  decreases  with  in- 

creasing nuclear  charge,  as  the  electrons  are  more  strongly  attracted  to  the 
nucleus: 

  Increasing  nuclear  charge   * 

02~  F"  Na+  Mg:  +  Alv 
1.40  A       1.33  A       0.97  A       0.66  A       0.51  A 

  Decreasing  ionic  radius   * 

Notice  the  positions  of  these  elements  in  the  periodic  table  and  also  their 
atomic  numbers.  The  nonmetal  anions  precede  the  noble  gas  Ne  in  the  table. 

The  metal  cations  follow  Ne.  Oxygen,  the  largest  ion  in  this  isoelectronic  series, 
has  the  lowest  atomic  number,  8.  Aluminum,  the  smallest  of  these  ions,  has  the 

highest  atomic  number,  13. 
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Ionic  Size  Makes  a  BIG  Difference CHEMISTRY  AND  LIFE 

Ionic  size  plays  a  major  role  in  determining  the  properties  of 
ions  in  solution.  For  example,  a  small  difference  in  ionic  size 

is  often  sufficient  tor  one  metal  ion  to  be  biologically  impor- 
tant and  another  not  to  be.  To  illustrate,  let's  examine  some  ot 

the  biological  chemistry  of  the  zinc  ion  (Zn  )  and  compare  it 
with  the  cadmium  ion  (Cd  ). 

Recall  from  the  "Chemistry  and  I  ife"  box  in  Section  2.7 
that  zinc  is  needed  in  our  diets  in  trace  amounts.  Zinc  is  an  es- 

sential part  of  several  enzymes,  the  proteins  that  facilitate  or 
regulate  the  speeds  of  kev  biological  reactions.  For  example, 

one  of  the  most  important  zinc-containing  enzymes  is  carbonh 
anhydrase.  This  enzyme  is  found  in  red  blood  cells.  Its  job  is  to 
facilitate  the  reaction  of  carbon  dioxide  (CO;)  with  water  to 
form  the  bicarbonate  ion  (HCO^  ): 

C02(aq)  +  H20(/)   »  HC03  (aq)  +  H '(</,/)  [7.2] 
You  might  be  surprised  to  know  that  our  bodies  need  an 

enzyme  for  such  a  simple  reaction.  In  the  absence  of  carbonic 
anhydrase,  however,  the  CO:  produced  in  cells  when  they  are 
oxidizing  glucose  or  other  fuels  in  vigorous  exercise  would  be 
cleared  out  much  too  slowly.  About  20%  of  the  CCK  produced 
by  cell  metabolism  binds  to  hemoglobin  and  is  carried  to  the 

lungs,  where  it  is  expelled.  About  70"..  of  the  CO^  produced  is 
converted  to  bicarbonate  ion  through  the  action  of  carbonic  an- 

hydrase. When  the  CO2  has  been  converted  into  bicarbonate 
ion,  it  diffuses  into  the  blood  plasma  and  eventually  is  passed 
into  the  lungs  in  the  reverse  of  Equation  7.2.  These  processes 
are  illustrated  in  Figure  7.S  ►.  In  the  absence  of  zinc,  the  car- 

bonic anhydrase  would  be  inactive  and  serious  imbalances 
would  result  in  the  amount  of  CO;,  present  in  blood. 

Zinc  is  also  found  in  several  other  enzymes,  including 
some  found  in  the  liver  and  kidneys.  It  is  obviously  essential  to 

life.  By  contrast,  cadmium,  zinc's  neighbor  in  group  2B,  is  ex- 
tremely toxic  tii  humans.  But  why  are  two  elements  so  different? 

lung  Bloodvessel  I  issue 

A  Figure  7.8   Ridding  the  body  of  carbon  dioxide.  Illustration  of  the 
flow  of  C02  from  tissues  into  blood  vessels  and  eventually  into  the  lungs. 
About  20%  of  the  C02  binds  to  hemoglobin  and  is  released  in  the  lungs.  About 
70%  is  converted  by  carbonic  anhydrase  into  HC03  ion,  which  remains  in  the 
blood  plasma  until  the  reverse  reaction  releases  C02  into  the  lungs.  Small 
amounts  of  C02  simply  dissolve  in  the  blood  plasma  and  are  released  in the  lungs. 

Both  occur  as  2-  ions,  but  Zn2~  is  smaller  than  Cd2".  The  radius 
of  Zn2  is  0.74  A;  that  of  Cd2  is  0.95  A.  Can  this  difference  be 
the  cause  of  such  a  dramatic  reversal  of  biological  properties? 

The  answer  is  that  w  hile  size  is  not  the  only  factor,  it  is  very  im- 

portant. In  the  carbonic  anhydrase  enzyme  the  Zn~*  ion  is found  electrostatically  bonded  to  atoms  on  the  protein,  as 

shown  in  Figure  7.4  T.  It  turns  out  that  Cd-*  binds  in  this  same 

place  preferentially  over  Zn  ,  thus  displacing  it.  When  Cd""  is present  instead  of  Zn  ,  however,  the  reaction  of  COt  with 

water  is  not  facilitated.  More  seriously,  Cd"*  inhibits  reactions 
that  are  essential  to  the  kidneys'  functioning. 
Related  Exercises:  7.28,  7.88,  7.89,  and  7.92 

A  Figure  7.9   A  zinc-containing  enzyme.  The  enzyme  called 
carbonic  anhydrase  (left)  catalyzes  the  reaction  between  C02  and 
water  to  form  HC03  .  The  ribbon  represents  the  folding  of  the 

protein  chain.  The  "active  site"  of  the  enzyme  (represented  by  the 
ball-and-stick  model)  is  where  the  reaction  occurs.  (H  atoms  have 
been  excluded  from  this  model  for  clarity.)  The  red  sphere 
represents  the  oxygen  of  a  water  molecule  that  is  bound  to  the  zinc 
ion  (gold  sphere)  at  the  center  of  the  active  site.  The  water  molecule 
is  replaced  by  C02  in  the  reaction.  The  bonds  coming  off  the  five- 
member  rings  attach  the  active  site  to  the  protein. 

■i  SAMPLE  EXERCISE  7.4  |  Ionic  Radii  in  an  Isoelectronic  Series 

Arrange  the  ions  K 1 ,  CI  ,  Ca2 ' ,  and  S2   in  order  of  decreasing  size. 
Solution  First,  we  note  that  this  is  an  isoelectronic  series  of  ions,  with  all  ions  having 
18  electrons.  In  such  a  series,  size  decreases  as  the  nuclear  charge  (atomic  number)  of 
the  ion  increases.  The  atomic  numbers  of  the  ions  are  S  (16),  CI  (17),  K  (19),  and  Ca  (20). 

Thus,  the  ions  decrease  in  si/e  in  the  order  S2    >  CP  >  K+  >  Ca2+. 
PRACTICE  EXERCISE 

ich  of  the 

Answer:  Kb' 

Which  of  the  following  ions  is  largest,  Rb  ,  Sr    ,  or  Y  ? 



7.4 
Ionization  Energy 

7.4  I  Ionization  Energy 

The  ease  with  which  electrons  can  be  removed  from  an  atom  or  ion  has  a  major 

impact  on  chemical  behavior.  The  ionization  energy  oi  an  atom  or  ion  is  the 
minimum  energy  required  to  remove  an  electron  from  the  ground  state  of  the 

isolated  gaseous  atom  or  ion.  The  first  ionization  energy,  \\,'\s  the  energy  needed 
to  remove  the  first  electron  from  a  neutral  atom.  For  example,  the  first  ioniza- 

tion energy  for  the  sodium  atom  is  the  energy  required  for  the  process 

Na(,S') \a(x)  +  e 

The  second  ionization  energy,  l^,  is  the  energy  needed  to  remove  the  second  elec- 
tron, and  so  forth,  for  successive  removals  of  additional  electrons.  Thus,  lj  for 

the  sodium  atom  is  the  energy  associated  with  the  process 
Na+(g) 

Na2+(g)  +  e [7.4] 

The  greater  the  ionization  energy,  the  more  difficult  it  is  to  remove  an  electron. 

ANIMATION Ionization  Energy 

Q    GIVE  IT  SOME  THOUGHT 

Light  can  be  used  to  ionize  atoms  and  ions,  as  in  Equations  7.3  and  7.4.  What  con- 
cept discussed  in  Chapter  6  can  be  related  to  the  ionization  of  atoms  and  molecules? 

Variations  in  Successive  Ionization  Energies 

Ionization  energies  for  the  elements  sodium  through  argon  are  listed  in 
Table  7.2  ▼.  Notice  that  the  values  for  a  given  element  increase  as  successiv  e 
electrons  are  removed: /]  <  U  <  /},  and  so  forth.  This  trend  exists  because  with 

each  successiv  e  removal,  an  electron  is  being  pulled  aw  ay  from  an  increasingly         rj  activity 
....  .....  v"^    Ionization  Energies 

more  positive  ion,  requiring  increasingly  more  energy. 

A  second  important  feature  shown  in  (able  7.2  is  the  sharp  increase  in  ion- 
ization energy  that  occurs  when  an  inner-shell  electron  is  removed.  For  exam- 

ple, consider  silicon,  whose  electron  configuration  is  Is  2s  2p  3s  3p"  or 
[Ne]3s23/>2.  The  ionization  energies  increase  steadily  from  7Sh  k|  mol  to 
4360  kj/mol  for  the  loss  of  the  four  electrons  in  the  outer  3s  and  3p  subshells. 
Removal  of  the  fifth  electron,  which  comes  from  the  2p  subshell,  requires  a 

great  deal  more  energy:  lh,  100  k|  mol.  1  he  large  increase  occurs  because  the  2/' 
electron  is  much  more  likely  to  be  found  close  to  the  nucleus  than  are  the  four 

n  =  3  electrons,  and  therefore  the  2/'  electron  experiences  a  much  greater  effec- 
tive nuclear  charge  than  do  the  3s  and  3p  electrons. 

TABLE  7.2    Successive  Values  of  Ionization  Energies,  I,  for  the  Elements  Sodium  Through  Argon  (kj/mol) 

Element h 

l2 

/3 

h h 

h  1- 
Na 4562 

(inner-shel 
electrons) 

Mg 738 ,451 7733 

\l 578 1817 2745 11,377 
Si 786 1577 3232 

133h 
16,091 

P 1012 1907 2914 4964 6274 
21,267 

S 1000 2252 3357 4556 7004 
8496  27,107 

CI 1231 2298 3S22 

5151-) 

6542 9362  11,018 

Ar 1521 2666 393 1 5771 7238 
8781  11,995 
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Q    GIVE  IT  SOME  THOUGHT 

Which  would  you  expect  to  be  greater,  /,  for  a  boron  atom  or  l2  for  a  carbon  atom? 

Every  element  exhibits  a  large  increase  in  ionization  energy  when  electrons 

are  removed  from  its  noble-gas  core.  This  observation  supports  the  idea  that 

only  the  outermost  electrons,  those  beyond  the*  noble-gas  core,  are  involved  in 
the  sharing  and  transfer  of  electrons  that  give  rise  to  chemical  bonding  and  re- 

actions. The  inner  electrons  are  too  tightly  bound  to  the  nucleus  to  be  lost  from 
the  atom  or  even  shared  with  another  atom. 

□ 

s 

▼  Figure  7.10   First  ionization  energy 
versus  atomic  number.  The  red  dots  mark  the 
beginning  of  a  period  (alkali  metals),  the  blue 
dots  mark  the  end  of  a  period  (noble  gases), 
and  the  black  dots  indicate  other  representative 
elements.  Green  dots  are  used  for  the  transition 
metals. 

MM  SAMPLE  EXERCISE  7.5  |  Trends  in  Ionization  Energy 

Three  elements  are  indicated  in  the  periodic  table  in  the  margin.  Based  on  their  loca- 
tions, predict  the  one  with  the  largest  second  ioni/ation  energy. 

Solution 
Analyze  and  Plan:  The  locations  of  the  elements  in  the  periodic  table  allow  us  to 
predict  the  electron  configurations.  The  greatest  ionization  energies  involve  removal 
of  core  electrons.  Thus,  we  should  look  first  for  an  element  with  only  one  electron  in 
the  outermost  occupied  shell. 
Solve:  The  element  in  group  1 A  (Na),  indicated  by  the  red  box,  has  only  one  valence 
electron.  The  second  ionization  energy  of  this  element  is  associated,  therefore,  with 
the  removal  of  a  core  electron.  The  other  elements  indicated,  S  (green  box)  and  Ca 
(blue  box),  have  two  or  more  valence  electrons.  Thus,  Na  should  have  the  largest  sec- 

ond ionization  energy. 

Check:  If  we  consult  a  chemistry  handbook,  we  find  the  following  values  for  the  sec- 

ond ionization  energies  (iS)  of  the  respective  elements:  Ca  (1,145  kj/'mol)  <  S (2,252  kj/mol)  <  Na  (4,562  kj/mol). 

WM  PRACTICE  EXERCISE 

Which  will  have  the  greater  third  ionization  energy,  Ca  or  S? 
Answer:  Ca 

Periodic  Trends  in  First  Ionization  Energies 

We  have  seen  that  the  ionization  energy  for  a  given  element  increases  as  we 
remove  successive  electrons.  What  trends  do  we  observe  in  ionization  energy 

as  we  move  from  one  element  to  another  in 

the  periodic  table?  Figure  7.10  A  shows  a 

graph  of  /]  versus  atomic  number  for  the 
first  34  elements.  The  important  trends  are  as 
follows: 

1.  Within  each  row  (period)  of  the  table,  /] 

generally  increases  with  increasing  atom- 
ic number.  The  alkali  metals  show  the 

lowest  ionization  energy  in  each  row,  and 

the  noble  gases  the  highest.  There  are 

slight  irregularities  in  this  trend  that  we 
will  discuss  shortly. 

2.  Within  each  column  (group)  of  the  table,  the 

ionization  energy  generally  decreases  with 
increasing  atomic  number.  For  example,  the 

ionization  energies  of  the  noble  gases  follow 
the  order  He  >  Ne  >  Ar  >  Kr  >  Xe. 

3.  The  representative  elements  show  a 

larger  range  of  values  of  /]  than  do 
the  transition-metal  elements.  Generally, 

20  30  40 
Atomic  number 
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the  ionization  energies  of  the  transition  metals  in 
crease  slowly  as  we  proceed  From  left  to  right  in  a 

period.  The   /-block  metals,  which  are  not 
shown  in  Figure  7. 10,  also  show  only  a  sma 
variation  in  the  values  or  /i . 

The  periodic  trends  in  the  lirst  ionization 
energies  of  the  representative  elements 
are  further  illustrated  in  Figure  7.11  ►. 

In  general,  smaller  atoms  have 
higher  ionization  energies.  I  he  same 
factors  that  influence  atomic  si/e  also 

influence  ionization  energies.  The  en- 
ergy  needed  to  remove  an  electron  ? 

from  the  outermost  occupied  shell  de- 
pends on  both  the  effective  nuclear 

charge  and  the  average  distance  of  the 
electron  from  the  nucleus.  Either  in-  ~ 
creasing  the  effective  nuclear  charge  or 

decreasing  the  distance  from  the  nu- 
cleus increases  the  attraction  between  the 

electron  and  the  nucleus.  As  this  attraction  increases, 
it  becomes  harder  to  remove  the  electron  and,  thus,  the  ion 

ization  energy  increases.  As  we  move  across  a  period,  there  is  both 

an  increase  in  effectiv  e  nuclear  charge  and  a  decrease  in  atomic  radius,  caus- 
ing the  ionization  energy  to  increase.  As  we  mov  e  down  a  column,  howev  er, 

the  atomic  radius  increases,  while  the  effective  nuclear  charge  changes  little. 
Thus,  the  attraction  between  the  nucleus  and  the  electron  decreases,  causing 
the  ionization  energy  to  decrease. 

The  irregularities  within  a  given  row  are  somewhat  more  subtle  but  still 

readily  explained.  For  example,  the  decrease  in  ionization  energy  from  berylli- 
um ([He]2s  )  to  boron  ([He]2s  2p  ),  show  n  in  Figures  7.10  and  7.11,  occurs  be- 

cause the  third  v  alence  electron  of  13  must  occupy  the  2/'  subshell,  which  is 
empty  for  Be.  Recall  that,  as  we  discussed  earlier,  the  2/'  subshell  is  at  a  higher 
energy  than  the  2s  (Figure  b.22).  i  he  decrease  in  ioni/ation  energy  on  going 

from  nitrogen  ([He]2s22/> ')  to  oxygen  ([He]2s  2p  )  is  because  of  repulsion  of 
paired  electrons  in  the  />4  configuration.  Remember  that  according  to  I  kind's 
rule,  each  electron  in  the  /> 1  configuration  resides  in  a  different  p  orbital,  which 
minimizes  the  electron-electron  repulsion  among  the  three  2/'  electrons. 

▲  Figure  7.11  Trends  in  first  ionization 
energy.  First  ionization  energies  tor  the 
representative  elements  in  the  first  six  periods. 
The  ionization  energy  generally  increases  from 
left  to  right  and  decreases  from  top  to  bottom. 
The  ionization  energy  of  astatine  has  not  been 
determined. 

4^ 

ANIMATION 
Periodic  Trends  Ionization  Energies 

■  SAMPLE  EXERCISE  7.6  |  Periodic  Trends  in  Ionization  Energy 

Referring  to  a  periodic  table,  arrange  the  following  atoms  in  order  of  increasing  first 
ionization  energy:  Ne,  Na,  P,  Ar,  K. 

Solution 

Analyze  and  Plan:  We  are  given  the  chemical  symbols  for  five  elements.  In  order  to 
rank  them  according  to  increasing  first  ionization  energy,  we  need  to  locate  each  ele- 

ment in  the  periodic  table.  We  can  then  use  their  relative  positions  and  the  trends  in 
first  ionization  energies  to  predict  their  order. 
Solve:  Ionization  energy  increases  as  we  move  left  to  right  across  a  row.  It  decreases 
as  we  move  from  the  top  of  a  group  to  the  bottom.  Because  Na,  P,  and  Ar  are  in  the 
same  row  of  the  periodic  table,  we  expect  /,  to  vary  in  the  order  Na  •    P  <  Ar. 

Because  Ne  is  above  Ar  in  group  HA,  we  expect  Ne  to  have  the  greater  first  ion- 
ization energy:  Ar  <  Ne.  Similarly,  K  is  the  alkali  metal  directly  below  Na  in  group 

1A,  and  so  we  expect  /|  for  K  to  be  less  than  that  of  Na:  K  Na. 
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From  these  observations,  we  conclude  that  the  ionization  energies  follow  the 
order 

K  <  Na  <  P  <  Ar  <  Ne 

Check:  The  values  shown  in  Figure  7.11  confirm  this  prediction. 

PRACTICE  EXERCISE 

Which  has  the  lowest  first  ionization  energy,  B,  Al,  C,  or  Si?  Which  has  the  highest 
first  ionization  energy? 
Ansiver:  Al  lowest,  C  highest 

Electron  Configurations  of  Ions 

When  electrons  are  remov  ed  from  an  atom  to  form  a  cation,  they  are  always  re- 
moved first  from  the  occupied  orbitals  hav  ing  the  largest  principal  quantum 

number,  //.  For  example,  when  one  electron  is  removed  from  a  lithium  atom 

(Is  2s  ),  it  is  the  2s1  electron  that  is  removed: 

Li  (ls22s')^Li*  (Is2) 

Likewise,  when  two  electrons  are  removed  from  Fe  ((Ar]3rfh4s2),  the  4s2  elec- 
trons are  the  ones  removed: 

Fe  ([Ar]3,fh4s2)  =*  Fe2*  (|Ar]3«/h) 

If  an  additional  electron  is  removed,  forming  Fe  ,  it  now  comes  from  a  3d  or- 
bital because  all  the  orbitals  with  /;  =  4  are  empty: 

Fe2*  ([Ar]3</h)  =>  Fe3+  ([Ar]3<0 

It  may  seem  odd  that  the  4s  electrons  are  removed  before  the  3d  electrons  in 

forming  transition-metal  cations.  After  all,  in  writing  electron  configurations, 
we  added  the  4s  electrons  before  the  3d  ones.  In  writing  electron  configurations 
for  atoms,  however,  we  are  going  through  an  imaginary  process  in  which  we 
move  through  the  periodic  table  from  one  element  to  another.  In  doing  so,  we 
are  adding  not  only  an  electron  to  an  orbital  but  also  a  proton  to  the  nucleus,  in 
order  to  change  the  identity  of  the  element.  In  ionization,  we  do  not  reverse  this 
process  because  no  protons  are  being  removed. 

When  electrons  are  added  to  an  atom  to  form  an  anion,  they  are  added  to 

the  emptv  or  partiallv  filled  orbital  having  the  lowest  value  of  n.  For  example, 
when  an  electron  is  added  to  a  fluorine  atom  to  form  the  F  ion,  the  electron 

goes  into  the  one  remaining  vacancy  in  the  2p  subshell: 

F  (ls22s22^)  =>  F"  (ls22s22/>h) 

0    CIVE  iT  SOME  THOUGHT 

Would  Cr3*  and  V2  have  the  same  or  different  electron  configurations? 

WM  SAMPLE  EXERCISE  7.7  |  Electron  Configurations  of  Ions 

Write  the  electron  configuration  for  (a)  Ca2",  (b)  Co3+,  and  (c)  S2~. 
Solution 
Analyze  and  Plan:  We  are  asked  to  write  electron  configurations  for  three  ions.  To 
do  so,  we  first  write  the  electron  configuration  of  the  parent  atom.  We  then  remove 
electrons  to  form  cations  or  add  electrons  to  form  anions.  Electrons  are  first  removed 

from  the  orbitals  having  the  highest  value  of  ».  They  are  added  to  the  empty  or  par- 
tially filled  orbitals  having  the  lowest  value  of  n. 

Solve:  (a)  Calcium  (atomic  number  20)  has  the  electron  configuration 

Ca:  [Ar]4s2 
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To  form  a  2  +  ion,  the  two  outer  electrons  must  be  removed,  giving  an  ion  that  is  iso- 
electronic  with  Ar: 

Ca2+:  [Ar] 

(b)  Cobalt  (atomic  number  27)  has  the  electron  configuration 

Co:  [Ar]3t/74s2 
To  form  a  3+  ion,  three  electrons  must  be  removed.  As  discussed  in  the  text  preced- 

ing this  Sample  Exercise,  the  4s  electrons  are  remo\  ed  before  the  3</  electrons.  Conse- 
quently, the  electron  configuration  for  Co  is 

Co3+:[Ar]3rf6 

(c)  Sulfur  (atomic  number  16)  has  the  electron  configuration 

S:  [Ne]3s23/J4 
To  form  a  2-  ion,  two  electrons  must  be  added.  There  is  room  for  two  additional  elec- 

trons in  the  3/'  orbitals.  Thus,  the  S    electron  configuration  is 

S:  :  [Ne]3s23p6  [Ar] 

Comment:  Remember  that  man)  of  the  common  ions  of  the  representative  elements, 
such  as  Ca    and  S   ,  have  the  same  number  of  electrons  as  the  closest  noble  gas. 

■1  PRACTICE  EXERCISE 

Write  the  electron  configuration  lor  (a)  Ca  1  ,  (b)  C  r '  ,  and  (c)  Br  . 
Ansivers:  (a)  [Ar]3,f'",  (b)  [Ar]3rf3,  (c)  [ Ar]3,/"l4s24//1  =  [Kr] 

7.5  I  Electron  Affinities 

The  first  ionization  energy  of  an  atom  is  a  measure  of  the  energy  change  associ- 
ated with  remov  ing  an  electron  from  the  atom  to  form  a  positively  charged  ion. 

For  example,  the  first  ionization  energy  of  Cl(#),  1251  kj/mol,  is  the  energy 
change  associated  with  the  process 

Ionization  energy:    C\(g)   >  Cl+(g)  +  e~       A£  =  1251  kj/mol  [7.3] 

The  positive  value  of  the  ionization  energy  means  that  energy  must  be  put  into 
the  atom  in  order  to  remove  the  electron. 

In  addition,  most  atoms  can  gain  electrons  to  form  negatively  charged  ions. 
The  energy  change  that  occurs  when  an  electron  is  added  to  a  gaseous  atom  is 

called  the  electron  affinity  because  it  measures  the  attraction,  or  affinity,  of  the  .  animation 

atom  for  the  added  electron.  For  most  atoms,  energy  is  released  when  an  elec-        v*)   Electron  Affinity 
tron  is  added.  For  example,  the  addition  of  an  electron  to  a  chlorine  atom  is  ac- 

companied by  an  energy  change  of  -344  kj/mol,  the  negative  sign  indicating 
that  energy  is  released  during  the  process.  We  therefore  say  that  the  electron 

affinity  of  CI  is  -349  kj/mol:* 

Electron  affinity:    C\(g)  +  e  — *  CI  (g)       M      -349  kj/mol  [7.6] 

It  is  important  to  understand  the  difference  between  ionization  energy  and 
electron  affinity:  Ionization  energy  measures  the  ease  with  which  an  atom  loses 

*  Two  sign  conventions  are  used  for  electron  affinity.  In  most  introductory  texts,  including  this  one, 
the  thermodynamic  sign  convention  is  used:  A  negative  sign  indicates  that  the  addition  of  an  elec- 

tron is  an  exothermic  process,  as  in  the  electron  affinity  given  tor  chlorine,  349  k]  mol.  I  listorical- 
ly,  however,  electron  affinity  has  been  defined  as  the  energy  released  when  an  electron  is  added  to 
a  gaseous  atom  or  ion.  Because  349  M  mol  is  released  when  an  electron  is  added  to  Cl(#),  the  elec- 

tron affinity  by  this  convention  would  he  I  ̂4C*  kj/mol. 
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an  electron,  whereas  electron  affinity  measures  the  ease  with  which  an  atom 

gains  an  electron. 
The  greater  the  attraction  between  a  given  atom  and  an  added  electron,  the 

more  negative  the  atom's  electron  affinity.  For  some  elements,  such  as  the  noble 
gases,  the  electron  affinity  has  a  positive  value,  meaning  that  the  anion  is  high- 

er in  energy  than  are  the  separated  atom  and  electron: 

Ar(g)  +  e 
ANIMATION 
Periodic  Trends:  Electron  Affinity 

-  Ar  (g) 
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▲  Figure  7.12   Electron  affinity.  Electron 
affinities  in  kJ  mol  for  the  representative 
elements  in  the  first  five  rows  of  the  periodic 
table.  The  more  negative  the  electron  affinity,  the 
greater  the  attraction  of  the  atom  for  an  electron. 
An  electron  affinity  >  0  indicates  that  the 
negative  ion  is  higher  in  energy  than 
the  separated  atom  and  electron. 

The  fact  that  the  electron  affinity  is  a  positive  number  means  that  an  electron 
will  not  attach  itself  to  an  Ar  atom;  the  Ar   ion  is  unstable  and  does  not  form. 

Figure  7. 12  A  shows  the  electron  affinities  for  the  representative  elements 
in  the  first  five  rows  of  the  periodic  table.  Notice  that  the  trends  in  electron 

affinity  as  we  proceed  through  the  periodic  table  are  not  as  evident  as  they 
were  for  ionization  energy.  The  halogens,  which  are  one  electron 

shy  of  a  filled  p  subshell,  have  the  most-negative  electron  affinities. 
By  gaining  an  electron,  a  halogen  atom  forms  a  stable  negative  ion 

that  has  a  noble-gas  configuration  (Equation  7.6).  The  addition  of 
an  electron  to  a  noble  gas,  however,  would  require  that  the  electron 

reside  in  a  higher-energy  subshell  that  is  empty  in  the  neutral  atom 
(Equation  7.7).  Because  occupying  a  higher-energy  subshell  is  ener- 

getically very  unfavorable,  the  electron  affinity  is  highly  positive. 

The  electron  affinities  of  Be  and  Mg  are  positive  for  the  same  rea- 
son; the  added  electron  would  reside  in  a  previously  empty  p  sub- 

shell  that  is  higher  in  energy. 

The  electron  affinities  of  the  group  5A  elements  (N,  P,  As,  Sb) 

are  also  interesting.  Because  these  elements  have  half-filled  p  sub- 
shells,  the  added  electron  must  be  put  in  an  orbital  that  is  already  occupied,  re- 

sulting in  larger  electron-electron  repulsions.  Consequently,  these  elements 
have  electron  affinities  that  are  either  positive  (N)  or  less  negative  than  their 
neighbors  to  the  left  (P,  As,  Sb). 

Electron  affinities  do  not  change  greatly  as  we  move  down  a  group.  For  ex- 
ample, consider  the  electron  affinities  of  the  halogens  (Figure  7.12).  For  F,  the 

added  electron  goes  into  a  2p  orbital,  for  CI  a  3p  orbital,  for  Br  a  4p  orbital,  and 
so  forth.  As  we  proceed  from  F  to  I,  therefore,  the  average  distance  between  the 

added  electron  and  the  nucleus  steadily  increases,  causing  the  electron-nucleus 
attraction  to  decrease.  The  orbital  that  holds  the  outermost  electron  is  increas- 

ingly spread  out,  however,  as  we  proceed  from  F  to  I,  thereby  reducing  the 

electron-electron  repulsions.  A  lower  electron-nucleus  attraction  is  thus  coun- 
terbalanced by  lower  electron-electron  repulsions. 

Q    GIVE  IT  SOME  THOUGHT 

Suppose  you  were  asked  for  a  value  for  the  first  ionization  energy  of  a  CI  (g)  ion. 
What  is  the  relationship  between  this  quantity  and  the  electron  affinity  of  C\(g)  ? 

7.6  |  Metals,  Nonmetals,  and  Metalloids 

Atomic  radii,  ionization  energies,  and  electron  affinities  are  properties  of  indi- 

vidual atoms.  With  the  exception  of  the  noble  gases,  however,  none  of  the  ele- 
ments exists  in  nature  as  individual  atoms.  To  get  a  broader  understanding  of 

the  properties  of  elements,  we  must  also  examine  periodic  trends  in  properties 
that  involve  large  collections  of  atoms. 

The  elements  can  be  broadly  grouped  into  the  categories  of  metals,  non- 
metals,  and  metalloids.  This  classification  is  shown  in 
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Increasing  metallic  character 
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▲  Figure  7.13  Metals,  metalloids,  and  nonmetals.  The  ma|ority  of  elements  are  metals.  Metallic 
character  increases  from  right  to  left  across  a  period  and  also  increases  from  top  to  bottom  in  a  group 

Figure  7.1 3  ▲.  Roughly  three-quarters  of  the  elements  are  metals,  situated  in 
the  left  and  middle  portions  of  the  table.  The  nonmetals  are  located  at  the  top 
right  corner,  and  the  metalloids  lie  between  the  metals  and  nonmetals.  Hydro- 

gen, which  is  located  at  the  top  left  corner,  is  a  nonmetal.  This  is  why  we  set  off 
hydrogen  from  the  remaining  group  1A  elements  in  Figure  7.13  by  inserting  a 
space  between  the  H  box  and  the  Li  box.  Some  of  the  distinguishing  properties 
of  metals  and  nonmetals  are  summarized  in  fable  7.3  ▼. 

The  more  an  element  exhibits  the  physical  and  chemical  properties  of  met- 
als, the  greater  its  metallic  character.  As  indicated  in  Figure  7. 13,  metallic  char- 

acter generally  increases  as  we  proceed  down  a  column  of  the  periodic  table 

and  increases  as  we  proceed  from  right  to  left  in  a  row.  Let's  now  examine  the 
close  relationships  that  exist  between  electron  configurations  and  the  proper- 

ties of  metals,  nonmetals,  and  metalloids. 

Metals 

Most  metallic  elements  exhibit  the  shiny  luster  that  we  associate  with  metals 
(Figure  7.14  ►).  Metals  conduct  heat  and  electricity.  They  are  malleable  (can  be 
pounded  into  thin  sheets)  and  ductile  (can  be  drawn  into  wires).  All  are  solids 

at  room  temperature  except  mercury  (melting  point  =  3C*  C),  which  is  a  liq- 
uid. Two  melt  at  slightly  above  room  temperature,  cesium  at  2.S.4  C  and  galli- 

um at  29.8°C.  At  the  other  extreme,  many  metals  melt  at  very  high 
temperatures.  For  example,  chromium  melts  at  lcM)()  C. 

▲  Figure  7.14   The  luster  of  metals. 
Metallic  ob|ects  are  readily  recognized  by  their 
characteristic  shiny  luster. 

TABLE  7.3   Characteristic  Properties  of  Metals  and  Nonmetals 

Metals 

Have  a  shiny  luster;  various  colors,  although  most  are  silvery 
Solids  are  malleable  and  ductile 

Good  conductors  of  heat  and  electricity 
Most  metal  oxides  are  ionic  solids  that  are  basic 

Tend  to  form  cations  in  aqueous  solution 

Non  metals 

Do  not  have  a  luster;  various  colors 

Solids  are  usually  brittle;  some  are  hard,  some  are  s 
Poor  conductors  of  heat  and  electricity 
Most  nonmetal  oxides  are  mole<  ular  substan  i 

acidic  solutions 

lend  to  term  anions  or  ox\  anions  in  aqueou 
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▲  Figure  7.15  Common  ions.  Charges  of  some  common  ions  found  in  ionic  compounds.  Notice  that  the 
steplike  line  that  divides  metals  from  nonmetals  also  separates  cations  from  anions. 

Metals  tend  to  have  low  ionization  energies  and  therefore  tend  to  form  positive  ions 

relative!}/  easily.  As  a  result,  metals  are  oxidized  (lose  electrons)  when  they  un- 
dergo chemical  reactions.  The  relative  ease  of  oxidation  of  common  metals  was 

discussed  earlier,  in  Section  4.6.  As  we  noted  there,  many  metals  are  oxidized 

by  a  variety  of  common  substances,  including  Ot  and  acids. 
Figure  7.15  A  shows  the  charges  of  some  common  ions  of  both  metals  and 

nonmetals.  As  we  noted  in  Section  2.7,  the  charge  on  any  alkali  metal  ion  is  al- 

ways 1+,  and  that  on  any  alkaline  earth  metal  is  always  2+  in  their  com- 
pounds. In  atoms  in  both  these  groups,  the  outer  s  electrons  are  easily  lost,  1 

yielding  a  noble-gas  electron  configuration.  The  charge  on  transition-metal  ions 
does  not  follow  an  obvious  pattern.  Many  transition-metal  ions  carry  a  charge 
of  2+,  but  1  +  and  3+  are  also  encountered.  One  of  the  characteristic  features  of 

the  transition  metals  is  their  ability  to  form  more  than  one  positive  ion.  For  ex- 
ample, iron  may  be  2+  in  some  compounds  and  3+  in  others. 

Q    GIVE  IT  SOME  THOUGHT 

Based  on  periodic  trends  discussed  in  this  chapter,  can  you  see  a  general  relation- 
ship between  the  trends  in  metallic  character  and  those  for  ionization  energy? 

Compounds  of  metals  with  nonmetals  tend  to  be  ionic  substances.  For  example, 
most  metal  oxides  and  halides  are  ionic  solids.  To  illustrate,  the  reaction  be- 

tween nickel  metal  and  oxygen  produces  nickel  oxide,  an  ionic  solid  containing \'i~"  and  O"  ions: 

2  Ni(s)  +  02(g)   ►  2  NiO(s)  [7.8] 

The  oxides  are  particularly  important  because  of  the  great  abundance  of  oxy- 
gen in  our  environment. 
Most  metal  oxides  are  basic.  Those  that  dissolve  in  water  react  to  form  metal 

hydroxides,  as  in  the  following  examples: 

Metal  oxide  +  water   »  metal  hydroxide 

Na20(s)  +  H20(7)   >  2  NaOH(fl^)  [7.9] 

CaO(s)  +  H20(/)   >  Ca(OH)2(flg)  [710] 

The  basicity  of  metal  oxides  is  due  to  the  oxide  ion,  which  reacts  with  water  ac- 
cording to  the  net  ionic  equation 

O2  (aq)  +  H20(/)  -  — »  20¥T{aq)  [7.11] 



7.6 Metals,  Nonmetals,  and  Metalloids 

Metal  oxides  also  demonstrate  their  basicity  by  reacting  with  acids  to  form  a 
salt  plus  water,  as  illustrated  in  Figure  7. 16  ▲: 

Metal  oxide  +  acid   ►  salt  •  water 

NiO(s)  +  2  HC\(aq)  ►  NiCl2(tf</)  *  H20(/)  [7.12] 

In  contrast,  we  will  soon  sec  that  nonmetal  oxides  are  acidic,  dissolving  in 
water  to  form  acidic  solutions  and  reacting  with  bases  to  form  salts. 

EH  SAMPLE  EXERCISE  7.8  |  Metal  Oxides 

(a)  Would  you  expect  aluminum  oxide  to  be  a  solid,  liquid,  or  ̂ as  at  room  tempera- 
ture? (b)  Write  the  balanced  chemical  equation  for  the  reaction  of  aluminum  oxide 

with  nitric  acid. 

Solution 

Analyze  and  Plan:  We  are  asked  about  one  physical  property  of  aluminum  oxide — 
its  state  at  room  temperature — and  one  chemical  property — how  it  reacts  with  nitric 
acid. 

Solve:  (a)  Because  aluminum  oxide  is  the  oxide  of  a  metal,  we  would  expect  it  to  be 
an  ionic  solid.  Indeed  it  is,  with  the  very  high  melting  point  of  2072  C. 

(b)  In  its  compounds,  aluminum  has  a  3+  charge,  Al  '  ;  the  oxide  ion  is  O  . 
Consequently,  the  formula  of  aluminum  oxide  is  AI2O3.  Metal  oxides  tend  to  be  basic 
and  therefore  to  react  with  acids  to  form  a  salt  plus  w  ater.  In  this  case  the  salt  is  alu- 

minum nitrate,  AKNChh-  The  balanced  chemical  equation  is 

Al203(s)  +  6  HNO,(rtij) 2  Al(NO-ih(<7</)  +  3  H2Q(/) 

Mi  PRACTICE  EXERCISE 

Write  the  balanced  chemical  equation  for  the  reaction  between  copper(II)  oxide  and 
sulfuric  acid. 

Answer:  CuO(s)  +  H2S04(«t/)   ►  CuSOA(aq)  +  H20(/) 

Nonmetals 

Nonmetals  vary  greatly  in  appearance  (Figure  7.17  ►).  They  are  not  lus- 
trous and  generally  are  poor  conductors  of  heat  and  electricity.  Their 

melting  points  are  generally  lower  than  those  of  metals  (although  di- 
amond, a  form  of  carbon,  melts  at  3570  C).  Under  ordinary  condi- 

tions, seven  nonmetals  exist  as  diatomic  molecules.  Five  of  these  are 

gases  (H2,  N2,  Q2,  F2,  and  Cl2),  one  is  a  liquid  (Br2),  and  one  is  a 

volatile  solid  (I2).  The  remaining  nonmetals  are  solids  that  can  be  ei- 
ther hard,  such  as  diamond,  or  soft,  such  as  sulfur. 

Because  of  their  electron  affinities,  nonmetals  tend  to  gain  electrons 
when  they  react  with  metals.  For  example,  the  reaction  of  aluminum 

▼  Figure  7.17   The  diversity  of  nonmetals. 
Nonmetallic  elements  are  diverse  in  their 
appearances.  Shown  here  are  (clockwise  from 
left)  carbon  in  the  form  of  graphite,  sulfur,  white 
phosphorus  (stored  under  water),  and  iodine. 
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with  bromine  produces  aluminum  bromide,  an  ionic 

compound  containing  the  aluminum  ion,  Ap',  and  the 
bromide  ion,  Br  : 

2  Al(s)  +  3  Br2(/) 
2  AlBr3(s) 

[7.13] 

(a) 

▲  Figure  7.18  The  reaction  of  C02  with 
water,  (a)  The  water  has  been  made  slightly 
basic  and  contains  a  few  drops  of  bromthymol 
blue,  an  acid-base  indicator  that  is  blue  in  basic 
solution,  (b)  Upon  the  addition  of  a  piece  of  solid 
carbon  dioxide,  C02(s),  the  color  changes  to 
yellow,  indicating  an  acidic  solution.  The  mist  is 
due  to  water  droplets  condensed  from  the  air  by 
the  cold  C02  gas. 

A  nonmetal  typically  will  gain  enough  electrons  to  fill  its 

outermost  occupied  p  subshell,  giving  a  noble-gas  elec- 
tron configuration.  For  example,  the  bromine  atom  gains 

one  electron  to  till  its  4/)  subshell: 

Br  ([Ar]4s23(/l(,4/0  =^  Br   (| Ar]4s:3«f  l04p6) 

Compounds  composed  entirely  of  nonmetals  are  molecu- 
lar substances.  For  example,  the  oxides,  halides,  and  hy- 

drides of  the  nonmetals  are  molecular  substances  that 

tend  to  be  gases,  liquids,  or  low-melting  solids  at  room 

temperature. 
Most  nonmetal  oxides  are  acidic;  those  that  dissolve  in  water  react  to  form 

acids,  as  in  the  following  examples: 

(b 

Nonmetal  oxide  +  water 

C02(g)  +  H20(/) 
P4O10(s)  +  6H20(/) 

acid U2CCh(aq) 

4  H3P04(fl<7) 
[7.14] 

[7.15] 

The  reaction  of  carbon  dioxide  with  water  (Figure  7.18  A)  accounts  for  the  acid- 
ity of  carbonated  water  and,  to  some  extent,  rainwater.  Because  sulfur  is  pre- 

sent in  oil  and  coal,  combustion  of  these  common  fuels  produces  sulfur  dioxide 
and  sulfur  trioxide.  These  substances  dissolve  in  water  to  produce  acid  rain,  a 

major  pollution  problem  in  many  parts  of  the  world.  Like  acids,  most  nonmetal 
oxides  dissolve  in  basic  solutions  to  form  a  salt  plus  water: 

Nonmetal  oxide  +  base 

C02(g)  +  2  NaOH(<?«/) 

salt  +  water 

Na2C03(«<7)  +  H20(/) 
[7.16] 

Q    GIVE  IT  SOME  THOUGHT 

A  compound  ACI3  (A  is  an  element)  has  a  melting  point  of  -1 12  C.  Would  you  ex- 
pect the  compound  to  be  a  molecular  or  ionic  substance?  Is  element  A  more  likely  to 

be  scandium  (Sc)  or  phosphorus  (P)? 

H  SAMPLE  EXERCISE  7.9  |  Nonmetal  Oxides 

Write  the  balanced  chemical  equations  for  the  reactions  of  solid  selenium  dioxide 
with  (a)  water,  (b)  aqueous  sodium  hydroxide. 

Solution 

Analyze  and  Plan:  We  first  note  that  selenium  (Se)  is  a  nonmetal.  We  therefore  need 
to  write  chemical  equations  for  the  reaction  of  a  nonmetal  oxide,  first  with  water  and 
then  with  a  base,  NaOH.  Nonmetal  oxides  are  acidic,  reacting  with  water  to  form  an 
acid  and  with  bases  to  form  a  salt  and  water. 
Solve:  (a)  Selenium  dioxide  is  Se(>.  Its  reaction  with  water  is  like  that  of  carbon 
dioxide  (Equation  7.14): 

Se02(s)  +  H:0(/)   >  H2Se03(a<7) 

(It  doesn't  matter  that  Se02  is  a  solid  and  CO;  is  a  gas;  the  point  is  that  both  are 
water-soluble  nonmetal  oxides.) 

(b)  The  reaction  with  sodium  hydroxide  is  like  the  reaction  summarized  by 

Equation  7.16: 
Se02(s)  +  2  NaOHO?,/) Na2Se03(fl(7)  +  H20(/) 
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mm  PRACTICE  EXERCISE 

Write  the  balanced  chemical  equation  for  the  reaction  of  solid  tetraphosphorus  hex- 
oxide  with  water. 

Answer:  P40„(s)  •  h  H;Q(/)   •  4  I  1  J'O ;(//./) 

Metalloids 

Metalloids  have  properties  intermediate  between  those  of  metals  and  those  of 

nonmetals.  They  may  have  some  characteristic  metallic  properties  but  lack  oth- 
ers. For  example,  silicon  looks  like  a  metal  (Figure  7.19  ► ),  but  it  is  brittle  rather 

than  malleable  and  is  a  much  poorer  conductor  of  heat  and  electricity  than  are 
metals.  Compounds  of  metalloids  can  have  characteristics  of  the  compounds  of 
metals  or  nonmetals,  depending  on  the  specific  compound. 

Several  of  the  metalloids,  most  notably  silicon,  are  electrical  semiconduc- 

tors and  are  the  principal  elements  used  in  the  manufacture  of  integrated  cir- 
cuits and  computer  chips. 

▲  Figure  7.19   Elemental  silicon.  Silicon  is 
an  example  of  a  metalloid  Although  it  looks 
metallic,  silicon  is  brittle  and  is  a  poor  thermal 
and  electrical  conductor  as  compared  to  metals, 
targe  crystals  of  silicon  are  sliced  into  thin  wafers 
for  use  in  integrated  circuits. 

7.7  I  Group  Trends  for  the  Active  Metals 

Our  discussion  of  atomic  radius,  ionization  energy,  electron  affinity  and  metal- 
lic character  gives  some  idea  of  the  way  the  periodic  table  can  be  used  to  orga- 

nize and  remember  facts.  Not  only  do  elements  in  a  group  possess  general 
similarities,  but  there  are  also  trends  as  we  move  through  a  group  or  from  one 

group  to  another.  In  this  section  we  will  use  the  periodic  table  and  our  knowl- 
edge of  electron  configurations  to  examine  the  chemistry  of  the  alkali  metals 

(group  1A)  and  the  alkaline  earth  metals  (group  2A). 

Group  1A:  The  Alkali  Metals 

The  alkali  metals  are  soft  metallic  solids  (Figure  7.20  ►).  All  have  characteristic 

metallic  properties  such  as  a  silvery,  metallic  luster  and  high  thermal  and  elec- 
trical conductivities.  The  name  alkali  comes  from  an  .Arabic  word  meaning 

"ashes."  Many  compounds  of  sodium  and  potassium,  two  alkali  metals,  were 
isolated  from  wood  ashes  by  early  chemists. 

Sodium  and  potassium  are  among  the  most  abundant  elements  in  Earth's 
crust,  in  seawater,  and  in  biological  systems.  We  all  have  sodium  ions  in  our 

bodies.  If  we  ingest  too  much,  however,  it  can  raise  our  blood  pressure.  Potassi- 

um is  also  prevalent  in  our  bodies;  a  140-pound  person  contains  about  130  g  of 

potassium,  as  K'  ions  in  intracellular  fluids.  Plants  require  potassium  for 
growth  and  development  (Figure  7.21  ►). 

Some  of  the  physical  and  chemical  properties  of  the  alkali  metals  are  given 
in  Table  7.4  ▼.  The  elements  hav  e  low  densities  and  melting  points,  and  these 
properties  vary  in  a  fairly  regular  way  with  increasing  atomic  number.  We  can 

TABLE  7.4    Some  Properties  of  the  Alkali  Metals 

Element 
Electron 

Configuration 

Melting 

Point  (°C) 

Density 

(g/cm3) 

Atomic 
Radius  (A) h 

(kj/mol) 
Lithium 

[He]2s' 

IS  I 033 
1 .34 

520 
Sodium 

[Ne]3s' 

98 

0.97 1.54 496 
Potassium 

[Ar]4s' 

63 0.86 1 .96 

419 Rubidium 

[Kr]5s 1 

39 1.53 2.11 403 
Cesium 

[Xe]6s' 

28 1 .88 2  25 376 

▲  Figure  7.20   Alkali  metals.  Sodium  and 
the  other  alkali  metals  are  soft  enough  to  be  cut 
with  a  knife.  The  shiny  metallic  surface  quickly 
tarnishes  as  the  metal  reacts  with  oxygen  in  the  air 

▲  Figure  7.21    Elements  in  fertilizers. 
Fertilizers  contain  large  quantities  of  potassium, 
phosphorus,  and  nitrogen  to  meet  the  needs 
of  growing  plants. 
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a (b) 

(c) 

▲  Figure  7.22  The  alkali  metals  react 
vigorously  with  water,  (a)  The  reaction  of 
lithium  is  evidenced  by  the  bubbling  of  escaping 
hydrogen  gas.  (b)  The  reaction  of  sodium  is  more 
rapid  and  is  so  exothermic  that  the  hydrogen  gas 
produced  burns  in  air.  (c)  Potassium  reacts 
almost  explosively. 

MOVIE 
Sodium  and  Potassium  in  Water 

also  see  some  of  the  usual  trends  as  we  move  down  the  group,  such  as  increas- 
ing atomic  radius  and  decreasing  first  ionization  energy.  For  each  row  of  the  pe- 

riodic table,  the  alkali  metal  has  the  lowest  I]  value  (Figure  7.10),  which  reflects 
the  relative  ease  with  which  its  outer  >  electron  can  be  removed.  As  a  result,  the 

alkali  metals  are  all  very  reactive,  readily  losing  one  electron  to  form  ions  car- 

rying a  1  +  charge. 
The  alkali  metals  exist  in  nature  only  as  compounds.  The  metals  combine 

directly  with  most  nonmetals.  For  example,  they  react  with  hydrogen  to  form 
hydrides  and  with  sulfur  to  form  sulfides: 

2  M(s)  +  H2(g) 

2  M(s)  +  S(s) 

2  MH(s) 

M2S(s) 
[7.17] 

[7.18] 

(The  symbol  M  in  Equations  7.17  and  7.18  represents  any  one  of  the  alkali 
metals.)  In  hydrides  of  the  alkali  metals  (LiH,  NaH,  and  so  forth),  hydrogen  is 

present  as  H~,  called  the  hydride  ion.  The  hydride  ion,  which  is  a  hydrogen 
atom  that  has  gained  an  electron,  is  distinct  from  the  hydrogen  ion,  H+,  formed 
when  a  hydrogen  atom  loses  its  electron. 

The  alkali  metals  react  vigorously  with  water,  producing  hydrogen  gas  and 
a  solution  of  an  alkali  metal  hydroxide: 

2  M(s)  +  2  H20(/) 2  MOH(i«|)  +  H2{g) [7.19] 

These  reactions  are  very  exothermic.  In  many  cases  enough  heat  is  generated  to 

ignite  the  H2,  producing  a  fire  or  sometimes  even  an  explosion  (Figure  7.22  A). 
This  reaction  is  most  violent  for  the  heavier  members  of  the  group,  in  keeping 
with  their  weaker  hold  on  the  single  valence  electron. 

The  reactions  between  the  alkali  metals  and  oxygen  are  more  complex. 

When  oxygen  reacts  with  metals,  metal  oxides,  which  contain  the  O2  ion,  are 
usually  formed.  Indeed,  lithium  shows  this  reactivity: 

4  Li(s)  +  02(g)   »  2  Li20(s)  [7.20] lithium  oxide 

When  dissolved  in  water,  Li20  and  other  soluble  metal  oxides  react  with  water 

to  form  hydroxide  ions  from  the  reaction  of  O"  ions  with  H20  (Equation  7.11). 
In  contrast,  the  other  alkali  metals  all  react  with  oxygen  to  form  metal  per- 

oxides, which  contain  the  02~  ion.  For  example,  sodium  forms  sodium  perox- 
ide, Na202: 

2  Na(s)  +  02(g)   "  Na202(s)  [7.21] 
sodium  peroxide 
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(a)  (b) 

▲  Figure  7.23   Flame  tests,  (a)  Li  (crimson  red),  (b)  Na  (yellow),  and  (c)  K  (lilac). 

(c) 

MOVIE 
Flame  Tests  for  Metals 

Flame  Test  for  Metals 

Potassium,  rubidium,  and  cesium  also  form  compounds  that  contain  the  O2 
ion,  which  we  c^ll  the  superoxide  ion.  For  example,  potassium  forms  potassium 
superoxide,  KOt: 

K(s)  +  02(ff)  -  -»  K02(s)  [7.22] 
potassium  superi  i>  idc 

You  should  realize  that  the  reactions  shown  in  liquations  7.21  and  7.22  are 
somewhat  surprising;  in  most  cases,  the  reaction  of  oxygen  with  a  metal  forms 
the  metal  oxide. 

As  is  evident  from  Equations  7.\L>  through  7.22,  the  alkali  metals  arc  ex- 
tremely reactive  toward  water  and  oxygen.  Because  of  this,  the  metals  arc  usu- 

ally stored  submerged  in  a  liquid  hydrocarbon,  such  as  mineral  oil  or  kerosene. 
Although  alkali  metal  ions  are  colorless,  each  emits  a  characteristic  color 

when  placed  in  a  flame  (Figure  7.23  ▲).  The  ions  are  reduced  to  gaseous  metal 
atoms  in  the  central  region  of  the  flame.  The  high  temperature  of  the  flame  then 

excites  the  valence  electron  to  a  higher-energy  orbital,  causing  the  atom  to  be  in 
an  excited  state.  The  atom  then  emits  energy  in  the  form  of  visible  light  as  the 

electron  falls  back  into  the  lower-energy  orbital  and  the  atom  returns  to  its 
ground  state.  Sodium,  for  instance,  gives  a  vellow  flame  because  of  emission  at 
589  nm.  This  wavelength  is  produced  when  the  excited  valence  electron  drops 

from  the  3/)  subshell  to  the  lower-energy  3s  subshell.  The  characteristic  yellow 
emission  of  sodium  is  the  basis  for  sodium  vapor  lamps  (Figure  7.24  ►). 

9 GIVE  IT  SOME  THOUGHT 

Cesium  metal  tends  to  be  the  most  reactive  of  the  stable  alkali  metals  (francium,  el- 
ement number  87,  is  radioactive  and  has  not  been  extensively  studied).  What  atomic 

property  of  Cs  is  most  responsible  for  its  high  reactivity? 

▲  Figure  7.24   Light  from  sodium.  Sodium 
vapor  lamps,  which  are  used  for  commercial  and 
highway  lighting,  have  a  yellow  glow  because  of 
the  emission  from  excited  sodium  atoms 

Emission  Spectra  of  Sodium  and  Mercury 

■1  SAMPLE  EXERCISE  7.10  |  Reactions  of  an  Alkali  Metal 

Write  a  balanced  equation  that  predicts  the  reaction  of  cesium  metal  with  (a)  Clj(g),  (b)  bhO(/),  (c)  H  >(#). 

Solution 

Analyze  and  Plan:  Cesium  is  an  alkali  metal  (atomic  number  55).  We  therefore  expect  that  its  chemistry  will  be 

idation  of  the  metal  to  Cs*  ions.  Further,  we  recognize  that  Cs  is  far  down  the  periodic  table,  which  means  it  wil 
most  active  of  all  metals  and  will  probably  react  with  all  three  of  the  substances  listed 
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Solve:  The  reaction  between  Cs  and 
CP  is  a  simple  combination  reaction 
between  two  elements,  one  a  metal 
and  the  other  a  nonmetal,  forming 

the  ionic  compound  CsCI:  2  Cs(s)  +  Cl2(g)   ►  2  CsCl(s) 

By  analogy  to  Equations  7.  lc>  and 
7.17,  respectively  we  predict  the  re-  _ .-         ,•  u        t         j  2  Ls  s   +  2  FPO(/   ►  2  CsOH  m7   +  Hi  i' actions  ot  cesium  with  water  and  -  '  -s/ 

hydrogen  to  proceed  as  follows:  2Cs(s)  +  FPp;)   ►  2CsH(s) 

In  each  case  cesium  forms  a  Cs'  ion  in  its  compounds.  The  chloride  (CI  ),  hydroxide  (OH  ),  and  hydride  (H  )  ions  are  all  1 ions,  which  means  the  final  products  have  1  :  i  stoichiometrv  with  Cs\ 

■B  PRACTICE  EXERCISE 

Write  a  balanced  equation  for  the  reaction  between  potassium  metal  and  elemental  sulfur. 
Answer:  2  K(s)  +  S(s)   ►  K2S(s) 

CHEMISTRY  AND  LIFE  |  The  Improbable  Development  of  Lithium  Drugs 

The  alkali  metal  ions  tend  to  play  a  rather  unexciting  role  in 
most  chemical  reactions  in  general  chemistry.  As  noted  in 

Section  4.2,  all  salts  of  the  alkali  metal  ions  are  soluble,  and  the 

ions  are  spectators  in  most  aqueous  reactions  (except  tor  those 
involving  the  alkali  metals  in  their  elemental  form,  such  as  in 
Equations  7.17  through  7.22). 

The  alkali  metal  ions  play  an  important  role  in  human 
physiology,  however.  Sodium  and  potassium  ions  are  major 

components  of  blood  plasma  and  intracellular  fluid,  respec- 
tively, with  average  concentrations  on  the  order  of  0.1  M. 

These  electrolytes  serve  as  vital  charge  carriers  in  normal  cel- 
lular function,  and,  as  we  will  discuss  further  in  Chapter  20, 

they  are  two  of  the  principal  ions  involved  in  regulation  of 
the  heart. 

In  contrast,  the  lithium  ion  (LP)  has  no  known  function 

in  normal  human  physiology.  Since  the  discov  ery  of  lithium  in 

PS17,  however,  salts  of  the  element  were  thought  to  possess  al- 
most mystical  healing  powers;  there  were  claims  that  it  was  an 

ingredient  in  ancient  "fountain  of  youth"  formulas.  In  1L'27, 
Mr.  C.  P.  Grigg  began  marketing  a  lithium-containing  soft 
drink  with  the  unwieldy  name  "Bib-Label  Lithiated  Lemon- 

I  ime  Soda."  Grigg  soon  gave  his  lithiated  beverage  a  much 
simpler  name:  Seven-Up   (Figure  7.25  ►). 

Because  of  concerns  of  the  Food  and  Drug  Administra- 

tion, lithium  was  removed  from  Seven-Up'  in  the  early  P-'30s. 
At  nearly  the  same  time,  it  was  found  that  the  lithium  ion  has 
a  remarkable  therapeutic  effect  on  the  mental  disorder  called 

bipolar  affective  disorder,  or  manic-depressive  illness.  Over  1  mil- 
lion Americans  suffer  from  this  psychosis,  undergoing  severe 

mood  swings  from  deep  depression  to  a  manic  euphoria.  The 
lithium  ion  smooths  out  these  mood  swings,  allowing  the 
bipolar  p.itient  to  turn  tion  more  effectiv  ely  in  daily  life. 

I  he  antipsychotic  action  of  Li  was  discovered  by  acci- 
dent in  the  late  1940s  by  Australian  psychiatrist  John  Cade  as 

he  was  researching  the  use  ol  uric  acid — a  component  of 
urine  -to  tre.it  manic-depressive  illness.  Fie  administered  the 
acid  to  manic  laboratory  animals  in  the  form  ot  its  most  solu- 

ble s.ilt,  lithium  urate,  and  found  that  many  of  the  manic 

symptoms  seemed  to  disappear.  Later  studies  showed  that 
uric  acid  has  no  role  in  the  therapeutic  effects  observed;  rather, 
the  seemingly  innocuous  Li  ions  were  responsible.  Because 
lithium  ov  erdose  can  cause  severe  side  effects  in  humans,  in- 

cluding kidney  failure  and  death,  lithium  salts  were  not  ap- 
proved as  antipsychotic  drugs  for  humans  until  1970.  Today 

Pi"  is  usually  administered  orally  in  the  form  of  Li^CO-,, 
which  is  the  active  ingredient  in  prescription  drugs  such  as  Es- 

kalith .  Lithium  drugs  are  effective  for  about  70%  of  the  bipo- 
lar patients  who  take  it. 
In  this  age  of  sophisticated  drug  design  and  biotechnolo- 

gy, the  simple  lithium  ion  is  still  the  most  effective  treatment 
of  a  destructive  psychological  disorder. 

Remarkably,  in  spite  of  intensive  re- 
search, scientists  still  don't  fully  under- 

stand the  biochemical  action  of  lithium 

that  leads  to  its  therapeutic  effects.  Be- 

cause of  its  similarity  to  the  Na+  ion,  the 
Li+  ion  is  incorporated  into  blood  plas- 

ma, where  it  can  affect  the  behavior  of 

both  nerve  cells  and  muscle  cells.  The  Li+ 
ion  has  a  smaller  radius  than  the  Na  ion 

(Figure  7.7),  so  its  interaction  with  mole- 
cules in  cells  is  somewhat  different.  Other 

studies  indicate  that  Li"  alters  the  func- tion of  certain  neurotransmitters,  which 

might  lead  to  its  effectiveness  as  an  an- 
tips)  chotic  drug. 

A  Figure  7.25   Lithium  no  more.  The  soft  drink  Seven-Up R  originally contained  lithium  citrate,  the  lithium  salt  of  citric  acid.  The  lithium  was  claimed 

to  give  the  beverage  healthful  benefits,  including  "an  abundance  of  energy, 
enthusiasm,  a  clear  complexion,  lustrous  hair,  and  shining  eyes!"  The  lithium 
was  removed  from  the  beverage  in  the  early  1950s,  about  the  same  time  that 
the  antipsychotic  action  of  Li  was  discovered. 
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TABLE  7.5   Some  Properties  of  the  Alkaline  Earth  Metals 

Element 
Electron 

Configuration 

Melting 

Point  (°C) 

1  )ensit) 

(g/cm3) 

Atomic 
Radius (A) 

/, 

(kj/mol) 
Berylliu  m 

[He]2s2 

1287 1.85 0.90 
899 

Magnesium 

[Ne]3s2 

650 1.74 
1.30 

738 

Calcium 

|Ar|4s2 

842 
1.55 

1.74 5CH) 

Strontium 

[Kr]5s2 

777 2.63 1.92 

549 

Barium 
[Xe]6s 

727 
3.51 

1 .98 

51 ) ! 

Group  2A:  The  Alkaline  Earth  Metals 

Like  the  alkali  metals,  the  group  2A  elements  are  all  solids  at  room  temperature 

and  have  typical  metallic  properties,  some  of  w  hic  h  are  listed  in  Table  7.5  A. 
Compared  with  the  alkali  metals,  the  alkaline  earth  metals  are  harder  and  more 
dense,  and  they  melt  at  higher  temperatures. 

I  he  first  ionization  energies  of  the  alkaline  earth  elements  are  low,  but  not 

as  low  as  those  of  the  alkali  metals.  Consequently,  the  alkaline  earths  are  less  re- 
active than  their  alkali  metal  neighbors.  As  we  noted  in  Section  7.4,  the  ease 

with  which  the  elements  lose  electrons  decreases  as  we  move  across  the  period- 
ic table  from  left  to  right  and  increases  as  we  move  down  a  group.  I  bus,  beryl- 

lium and  magnesium,  the  lightest  members  of  the  alkaline  earth  metals,  are  the 
least  reactive. 

The  trend  of  increasing  reactivity  within  the  group  is  shown  by  the  way  the 
alkaline  earths  behave  in  the  presence  of  water.  Beryllium  does  not  react  with 

water  or  steam,  even  when  heated  red-hot.  Magnesium  does  not  react  with  liq- 
uid water  but  does  react  with  steam  to  form  magnesium  oxide  and  hydrogen: 

Mg(s)  +  H2Q(g) MgO(s)  4  H2(x) [7.23] 

Calcium  and  the  elements  below  it  react  readily  with  water  at  room  tem- 
perature (although  more  slowly  than  the  alkali  metals  adjacent  to  them  in  the 

periodic  table),  as  shown  in  Figure  7.26  ►.  The  reaction  between  calcium  and 
water,  for  example,  is 

Ca(s)  +  2  H20(/)  >  Ca(OH)2(tf</)  +  H2(g)  [7.24] 

The  reactions  represented  in  Equations  7.23  and  7.24  illustrate  the  dominant 

pattern  in  the  reactivity  of  the  alkaline  earth  elements — the  tendency  to  lose 
their  two  outer  s  electrons  and  form  24  ions.  For  example,  magnesium  reacts 

with  chlorine  at  room  temperature  to  form  MgCb  and  burns  with  dazzling  bril- 
liance in  air  to  give  MgO  (Figure  3.5): 

Mg(s)  +  Cl2(g)          MgCl2(s)  [7.25] 

2  Mg(s)  +  02(g)  »  2  MgO(s)  [7.26] 

In  the  presence  of  02,  magnesium  metal  is  protected  horn  many  chemicals 

by  a  thin  surface  coating  of  water-insoluble  MgO.  Thus,  even  though  it  is  high 
in  the  activity  series  (Section  4.4),  Mg  can  be  incorporated  into  lightweight 
structural  alloys  used  in,  for  example,  automobile  wheels.  The  heavier  alkaline 
earth  metals  (Ca,  Sr,  and  Ba)  are  even  more  reactiv  e  toward  nonmetals  than  is 
magnesium. 

The  heavier  alkaline  earth  ions  give  off  charac  teristic  colors  when  strongly 
heated  in  a  flame.  The  colored  flame  produced  by  calcium  is  brick  red,  that  of 

strontium  is  crimson  red,  and  that  of  barium  is  green.  Strontium  salts  produce 
the  brilliant  red  color  in  fireworks,  and  barium  salts  produce  the  green  color. 

Both  magnesium  and  calcium  are  essential  for  living  organisms 
(Figure  2.24).  Calcium  is  particularly  important  for  growth  and  maintenance  of 

▲  Figure  7.26   Elemental  calcium 
solution.  Calcium  metal  reacts  with  water  to 
form  hydrogen  gas  and  aqueous  calcium 
hydroxide,  Ca(OH)2(oc/). 
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bones  and  teeth  (Figure  7.27  <).  In  humans  99%  of  the  calcium  is  found  in  the 
skeletal  system. 

▲  Figure  7.27  Calcium  in  the  body.  This 
X-ray  photograph  shows  the  bone  structure  of  the 
human  hand.  The  primary  mineral  in  bone  and 
teeth  is  hydroxyapatite,  Ca5(P04)3OH,  in  which 

calcium  is  present  as  Ca2  . 

▲  Figure  7.28   Exploring  Saturn.  The 
Cassini-Huygens  spacecraft  entered  orbit  around 
Saturn  in  June  2004.  The  probe  will  use  advanced 
scientific  instruments  to  explore  several  aspects  of 
Saturn  and  its  largest  moon,  Titan,  including  the 
metallic  hydrogen  composition  of  the  planet.  This 
photograph  of  Saturn  was  taken  by 
Cassini-Huygens  in  May  2004  at  a  distance  of 
28.2  million  kilometers  (17.6  million  miles)  from 
the  planet. 

9 GIVE  IT  SOME  THOUGHT 

Calcium  carbonate,  CaCO^,  is  often  used  as  a  dietary  calcium  supplement  for  bone 
health.  Although  CaC03(s)  is  insoluble  in  water  (Table  4. 1 ),  it  can  be  taken  orally  to  allow 

for  the  delivery  of  Ca2  (aq)  ions  to  the  musculoskeletal  system.  Why  is  this  the  case? 
[Hint:  Recall  the  reactions  of  metal  carbonates  that  were  discussed  in  Section  4.3] 

7.8  |  Group  Trends  for  Selected  Nonmetals  

Hydrogen 

Hydrogen,  the  first  element  in  the  periodic  table,  has  a  Is1  electron  configura- 
tion, and  for  this  reason  its  usual  position  in  the  table  is  above  the  alkali  metals. 

However,  hydrogen  does  not  truly  belong  to  any  particular  group.  Unlike  the 
alkali  metals,  hydrogen  is  a  nonmetal  that  occurs  as  a  colorless  diatomic  gas, 
H2(x),  under  most  conditions.  Nevertheless,  hydrogen  can  be  metallic  under 

tremendous  pressures.  The  interiors  of  the  planets  Jupiter  and  Saturn,  for  ex- 
ample, are  believed  to  consist  of  a  rocky  core  surrounded  by  a  thick  shell  of 

metallic  hydrogen.  The  metallic  hydrogen  is  in  turn  surrounded  by  a  layer  of 
liquid  molecular  hydrogen  with  gaseous  hydrogen  occurring  above  that  near 

the  surface.  The  Cassini-Huygens  satellite  mission,  launched  in  1997,  is  de- 
signed to  explore  Saturn  and  its  largest  moon,  Titan,  including  their  chemical 

compositions.  The  spacecraft  successfully  entered  orbit  around  Saturn  in  June 
2004  and  is  already  using  telescopy  and  spectroscopy  to  provide  spectacular 

images  and  chemical  analysis  (Figure  7.28  -4). 
Owing  to  the  complete  absence  of  nuclear  shielding  of  its  sole  electron,  the 

ionization  energy  of  hydrogen,  1312  kj/mol,  is  markedly  higher  than  that  of 
any  of  the  alkali  metals  (Figure  7.10).  In  fact,  it  is  comparable  to  the  l\  values  of 
other  nonmetals,  such  as  oxygen  and  chlorine.  As  a  result,  hydrogen  has  less 

tendency  to  lose  an  electron  than  do  the  alkali  metals.  Whereas  the  alkali  metals 

readily  lose  their  valence  electron  to  nonmetals  to  form  ionic  compounds,  hy- 
drogen shares  its  electron  with  nonmetals  and  thereby  forms  molecular  com- 

pounds. The  reactions  between  hydrogen  and  nonmetals  can  be  quite 
exothermic,  as  evidenced  by  the  combustion  reaction  between  hydrogen  and 

oxygen  to  form  water  (Figure  5.14): 

2  H2(g)  +  02(g)   2  H20(/)       AH°  =  -571.7  kj  [7.27] 

We  have  also  seen  (Equation  7.17)  that  hydrogen  reacts  with  active  metals 
to  form  solid  metal  hydrides,  which  contain  the  hydride  ion,  H  .  The  fact  that 

hydrogen  can  gain  an  electron  further  illustrates  that  it  is  not  truly  a  member  of 

the  alkali  metal  family.  In  fact,  this  property  of  hydrogen  suggests  a  slight  re- 
semblance between  hydrogen  and  the  halogens. 

In  addition  to  its  ability  to  form  covalent  bonds  and  metal  hydrides,  proba- 
bly the  most  important  characteristic  of  hydrogen  is  its  ability  to  lose  its  elec- 

tron to  form  a  cation.  Indeed,  the  aqueous  chemistry  of  hydrogen  is  dominated 

by  the  H+(nq)  ion,  which  we  first  encountered  in  Chapter  4. 
We  will  study  this  important  ion  in  greater  detail  in  Chapter  16. 

Group  6A:  The  Oxygen  Group 

As  we  proceed  down  group  6A,  there  is  a  change  from  nonmetallic  to  metallic 
character  (Figure  7.13).  Oxygen,  sulfur,  and  selenium  are  typical  nonmetals. 

tellurium  has  some  metallic  properties  and  is  classified  as  a  metalloid.  Poloni- 
um, which  is  radioactive  and  quite  rare,  is  a  metal. 
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TABLE  7.6    Some  Properties  of  the  Group  6A  Elements 

Element 
Electron 
Configuration 

Melting 

Point CO 
Density Atomic 

Radius  (A) 
(kj/mol) 

Oxygen 
|l  le]2s22p4 

-218 

1.43  g/L 

0.73 1314 

Sulfur 
[Ne]3s23p4 

115 

1.96  g/cm3 

1.02 
Selenium 

[Ar]3dn)4s24p4 
22 1 

4.S2  g/cm 1 

1.16 
941 

Tellurium 
[Kr]4rf105s25^ 

450 

6.24  g/cm ' 1.35 

869 
Polonium 

[Xe]4/  145rf106s26/74 
234 

9.20  g  cm3 
812 

Oxygen  is  a  colorless  gas  at  room  temperature;  all  ol  the  other  members  of 
group  6A  are  solids.  Some  of  the  physical  properties  of  the  group  6A  elements 
are  given  in  Table  7.6  A. 

As  we  saw  in  Section  2.6,  oxygen  is  encountered  in  two  molecular  forms, 
Ot  and  Cv  The  02  form  is  the  common  one.  People  generally  mean  O2  when 

they  say  "oxygen,"  although  the  name  dioxygen  is  more  descriptive.  The  O3 
form  is  called  ozone.  The  two  forms  ol  oxygen  are  examples  of  allotropcs.  Al- 
lotropes  are  different  forms  of  the  same  element  in  the  same  state.  (In  this  case 

both  forms  are  gases.)  About  21"..  ot  dry  air  consists  of  02  molecules.  Ozone, 
which  is  toxic  and  has  a  pungent  odor,  is  present  in  verv  small  amounts  in  the 

upper  atmosphere  and  in  polluted  air.  It  is  also  formed  from  Ot  in  electrical  dis- 
charges, such  as  in  lightning  storms: 

302(g)   >  203(g)       Ml      284.6  kj  [7.2S] 

This  reaction  is  endothermic,  telling  us  that  O3  is  loss  stable  than  0: . 
Oxygen  has  a  great  tendency  to  attract  electrons  from  other  elements  (to 

oxidize  them).  Oxygen  in  combination  with  a  metal  is  almost  always  present  as  the 

oxide  ion,  O-  .  This  ion  has  a  noble-gas  configuration  and  is  particularly  stable.  As 
shown  in  Equation  7.27,  the  formation  of  nonmetal  oxides  is  also  often  very 
exothermic  and  thus  energetically  favorable. 

In  our  discussion  of  the  alkali  metals,  we  noted  two  less  common  oxygen 

anions — the  peroxide  (02~  )  ion  and  the  superoxide  (02  )  ion.  Compounds  of 
these  ions  often  react  with  themselves  to  produce  an  oxide  and  02.  For  exam- 

ple, aqueous  hydrogen  peroxide,  H202,  slowly  decomposes  into  water  and  Ot 
at  room  temperature: 

2H202(,?</)  ►  2  H20(/)  +  02(g)       A//         196.1  k]  [7.29] 

For  this  reason,  bottles  of  aqueous  hydrogen  peroxide  are  topped  with  caps 
that  are  able  to  release  the  02(g)  produced  before  the  pressure  inside  becomes 

too  great  (Figure  7.2C)  ►). 
After  oxygen,  the  most  important  member  of  group  hA  is  sulfur.  This  ele- 

ment also  exists  in  several  allotropic  forms,  the  most  common  and  stable  of 

which  is  the  yellow  solid  having  the  molecular  formula  Sg.  This  molecule  con- 

sists of  an  eight-membered  ring  of  sulfur  atoms,  as  shown  in  Figure  7.30  ►. 
Even  though  solid  sulfur  consists  ot  Ss  rings,  we  usually  write  it  simply  as  S(>) 
in  chemical  equations  to  simplify  the  stoichiometric  coefficients. 

Like  oxygen,  sulfur  has  a  tendency  to  gain  electrons  from  other  elements  to 

form  sulfides,  which  contain  the  S"  ion.  In  fact,  most  sulfur  in  nature  is  present 
as  metal  sulfides.  Sulfur  is  below  oxygen  in  the  periodic  table,  and  the  tenden- 

cy of  sulfur  to  form  sulfide  anions  is  not  as  great  as  that  of  oxygen  to  form  oxide 
ions.  As  a  result,  the  chemistry  of  sulfur  is  more  complex  than  that  of  oxygen.  In 
fact,  sulfur  and  its  compounds  (including  those  in  coal  and  petroleum)  can  be 
burned  in  oxygen.  The  main  product  is  sulfur  dioxide,  a  major  pollutant: 

S(s)  4  02(g)   *  S02(g)  [7.30] 

We  will  discuss  the  environmental  aspec  ts  of  sulfur  oxide  chemistry  in  greater 
depth  in  Chapter  18. 

OMrtDuMIT 
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A  Figure  7.29   Hydrogen  peroxide 
solution.  Bottles  of  this  common  antiseptic  are 
topped  with  a  cap  that  allows  any  excess  pressure 
created  by  02(g)  to  be  released  from  the  bottle 
Hydrogen  peroxide  is  often  stored  in  dark-colored 
or  opaque  bottles  to  minimize  exposure  to  light, 
which  accelerates  its  decomposition 

S 

S 

A  Figure  7.30    Elemental  suitur.  At  room 
temperature,  the  most  common  .illotropic  form  of 
sulfur  is  an  eight-member  ring,  "> 
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TABLE  7.7 Some  Properties of  the  Halogens 

Electron 

Melting 

Atomic 
Element Configuration Point  (°C) 

Density 

Radius  (A) 

(kj/mol) Fluorine 

[He]2s22/^ 

-220 

1.69  g/L 
0.71 

1681 
C  hlorine 

[Ne]3s23/?5 

-102 

3.21  g/L 

0.99 
1251 

Bromine 

[Ar]3rf104s24p5 

-7.3 

3.12  g/cm1 

1.14 1140 

Iodine 

[Kr]4d105s25/?5 

114 
4.94  g/cm 

1.33 1 1 )( IX 

MOVIE 
Physical  Properties  of  the  Halogens 

▲  Figure  7.31    Elemental  halogens.  All 
three  of  these  elements-from  left  to  right,  iodine 
(l2),  bromine  (Br2),  and  chlorine  (Cl2)— exist  as 
diatomic  molecules. 

Group  7A:  The  Halogens 

The  group  7A  elements  are  known  as  the  halogens,  after  the  Greek  words  halos 

and  gennao,  meaning  "salt  formers."  Some  of  the  properties  of  these  elements 
are  given  in  Table  7.7  ▲.  Astatine,  which  is  both  extremely  rare  and  radioactive, 
is  omitted  because  many  of  its  properties  are  not  vet  known. 

Unlike  the  group  6A  elements,  all  the  halogens  are  typical  nonmetals.  Their 
melting  and  boiling  points  increase  with  increasing  atomic  number.  Fluorine 
and  chlorine  are  gases  at  room  temperature,  bromine  is  a  liquid,  and  iodine  is  a 

solid.  Each  element  consists  of  diatomic  molecules:  Ft,  Cl2,  Br2,  and  I2.  Fluo- 

rine gas  is  pale  yellow;  chlorine  gas  is  yellow-green;  bromine  liquid  is  reddish 
brown  and  readily  forms  a  reddish  brown  vapor;  and  solid  iodine  is  grayish 
black  and  readily  forms  a  violet  vapor  (Figure  7.31  4). 

The  halogens  have  highly  negative  electron  affinities  (Figure  7.12).  Thus, 
it  is  not  surprising  that  the  chemistry  of  the  halogens  is  dominated  by  their 

tendency  to  gain  electrons  from  other  elements  to  form  halide  ions,  X-. 
(In  many  equations  X  is  used  to  indicate  any  one  of  the  halogen  elements.) 
Fluorine  and  chlorine  are  more  reactive  than  bromine  and  iodine.  In  fact,  fluo- 

rine removes  electrons  from  almost  any  substance  with  which  it  comes  into 
contact,  including  water,  and  usually  does  so  very  exothermically,  as  in  the 
following  examples: 

2  H20(/)  +  2  F2(g)  *  4  HF(mj)  +  02(g)       AH  =  -758.9  kj  [7.31] 

Si02(s)  +  2  F2(g)   ►  SiF4(g)  +  02(g)         AH  =  -704.0  kj  [7.32] 

As  a  result,  fluorine  gas  is  difficult  and  dangerous  to  use  in  the  laboratory,  re- 
quiring specialized  equipment. 

Chlorine  is  the  most  industrially  useful  of  the  halogens.  In  2003  total  pro- 
duction was  26  billion  pounds,  making  it  the  eighth  most  produced  chemical  in 

the  United  States.  Unlike  fluorine,  chlorine  reacts  slowly  with  water  to  form  rel- 
atively stable  aqueous  solutions  of  HC1  and  HOC1  (hypochlorous  acid): 

Cl2(g)  +  H2Q(/)   *  HC\(aq)  +  HOC\(aq)  [7.33] 

Chlorine  is  often  added  to  drinking  water  and  swimming  pools,  where  the 

HOCl(rt(/)  that  is  generated  serves  as  a  disinfectant. 

The  .halogens  react  directly  with  most  metals  to  form  ionic  halides.  The  halo- 
gens also  react  with  hydrogen  to  form  gaseous  hydrogen  halide  compounds: 

H2(g)  +  X2   >  2  HX(g)  [7.34] 

These  compounds  are  all  very  soluble  in  water  and  dissolve  to  form  the  hydro- 
halic  acids.  As  we  discussed  in  Section  4.3,  HC\(aq),  HBr(aq),  and  H\(aq)  are 

strong  acids,  whereas  H¥(nq)  is  a  weak  acid. 

9 GIVE  IT  SOME  THOUGHT 

Can  you  use  data  in  Table  7.7  to  provide  estimates  for  the  atomic  radius  and  first  ion- 
ization energy  of  an  astatine  atom? 
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TABLE  7.8   Some  Properties  of  the  Noble  Gases 

Element 
Electron 

Configuration 

Boiling 

Point (K) 
Density 

(g/L) 

Atomic 
Kauius  (A) 

'i 

/  1    I  /           |  ̂ 

(kj/m  ol) 
Helium 

Is2 

4.2 l).  IS 0.32 2372 
Neon 

[He]2s22p6 
27.1 0.90 

0.69 2081 

Argon 
[Ne]3s23p6 

87.3 1.78 0.97 1521 

Krypton 
[Ar]3t/104s24pA 

120 3.75 
1.10 

1351 Xeni  mi 
[Krl4rfl05s25p6 lf>5 

5.90 
1.30 

1  170 Radon 
[Xe]4f]45dU)6s26ph 

211 
9.73 

1.45 

1037 

"Only  the  heaviest  ot  the  noble-gas  elements  form  ilu-inu  til  >  ompouiul«  1 1  his.  the  atomic  radii  for  the  lighter  noble-gas  ele- ments are  estimated  \  alues. 

Group  8A:  The  Noble  Gases 

The  group  8A  elements,  known  ,is  (he  noble  gases,  are  all  nonmetals  that  are 
gases  at  room  temperature.  They  ore  all  monatoinic  (that  is,  they  consist  of  single 

atoms  rather  than  molecules).  Some  physical  properties  of  the  noble-gas  ele- 
ments are  listed  in  Table  7.8  A.  I  he  high  radioactivity  of  radon  (Rn,  atomic  num- 

ber 86)  has  limited  the  study  of  its  reaction  chemistry  and  some  of  its  properties. 
The  noble  gases  have  completely  filled  s  and  p  subshells.  All  elements  of 

group  8A  have  large  first  ionization  energies,  and  we  see  the  expected  decrease 

as  we  move  down  the  column.  Because  the  noble  gases  possess  such  stable  elec- 
tron configurations,  they  are  exceptionally  unreactive.  In  fact,  until  the  early 

1960s  the  elements  were  called  the  inert  gases  because  they  were  thought  to  be  in- 
capable of  forming  chemical  compounds.  In  1962,  Neil  Bartlett  at  the  University 

of  British  Columbia  reasoned  that  the  ionization  energy  of  Xe  might  be  low 
enough  to  allow  it  to  form  compounds.  In  order  for  this  to  happen,  Xe  would 

have  to  react  with  a  substance  with  an  extremely  high  ability  to  remov  e  elec- 
trons from  other  substances,  such  as  fluorine.  Bartlett  synthesized  the  first 

noble-gas  compound  by  combining  Xe  with  the  fluorine-containing  compound 
PtFfc.  Xenon  also  reacts  directly  with  Fife)  to  form  the  molecular  compounds 
XeF2,  XeF4,  and  XeFh  (Figure  7.32  ►).  Krypton  has  a  higher  /,  value  than  xenon 

and  is  therefore  less  reactive.  In  fact,  only  a  single  stable  compound  of  krypton  is 
known,  KrFi.  In  2000,  Finnish  scientists  reported  the  first  neutral  molecule  that 

contains  argon,  the  I  IAiT  molecule,  which  is  stable  only  at  low  temperatures. 

B  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

The  element  bismuth  (Bi,  atomic  number  83)  is  the  heaviest  member  of  group  5A.  A 
salt  of  the  element,  bismuth  subsalicylate,  is  the  activ  e  ingredient  in  Pepto-Bismol0  , 
an  ov  er-the-counter  medication  tor  gastric  distress. 

(a)  The  coy  a  lent  atomic  radii  of  thallium  (Tl)  and  lead  (Pb)  arc  1 .48  A  and  1 .47  A, 
respectively.  Using  these  values  and  those  in  Figure  7.6,  predict  the  cov  alent  atomic 
radius  of  the  element  bismuth  (Bi).  Explain  your  answer. 

(b)  What  accounts  for  the  general  increase  in  atomic  radius  going  down  tin- 
group  5A  elements? 

(c)  Another  major  use  of  bismuth  has  been  as  an  ingredient  in  low  -melting  metal 
alloys,  such  as  those  used  in  tire  sprinkler  systems  and  in  typesetting.  The  element  it- 

self is  a  brittle  white  crystalline  solid.  How  do  these  characteristics  fit  with  the  tact 
that  bismuth  is  in  the  same  periodic  group  w  ith  such  nonmetallic  elements  as  nitro- 

gen and  phosphorus? 
(d)  Bi20-s  is  a  basic  oxide.  Write  a  balanced  chemical  equation  for  its  reaction 

with  dilute  nitric  acid.  It  b.77  g  of  Bi20-;  is  dissolved  in  dilute  acidic  solution  to  make 
up  500  mL  of  solution,  what  is  the  molarity  of  the  solution  of  Bi 1  ion? 

(e)  209Bi  is  the  heav  iest  stable  isotope  of  any  element.  How  main  protons  and 
neutrons  are  present  in  this  nucleus? 

(f)  The  density  of  Bi  at  25  C  is  4.808  g/cm  .  I  low  many  Bi  atoms  are  present  in  a 
cube  of  the  element  that  is  5.00  cm  on  each  edge1  I  low  many  moles  of  the  element  arc- 
present? 

▲  Figure  7.32   A  compound  of  xenon. 
Crystals  of  XeF4,  which  is  one  of  the  very  few 
compounds  that  contain  a  group  8A  element 
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Solution  (a)  Note  that  there1  is  a  rather  steady  decrease  in  radius  for  the  elements  in 
the  row  preceding  the  one  we  are  considering,  that  is,  in  the  series  In-Sn-Sb.  It  is  rea- 

sonable to  expect  a  decrease  of  about  0.02  A  in  moving  from  I'b  to  Bi,  leading  to  an  es- timate of  1.45  A.  The  tabulated  value  is  1 .46  A. 

(b)  The  general  increase  in  radius  with  increasing  atomic  number  in  the  group 
5A  elements  occurs  because  additional  shells  of  electrons  are  being  added,  with  cor- 

responding increases  in  nuclear  charge.  The  core,  electrons  in  each  case  largely  shield 
the  outermost  electrons  from  the  nucleus,  so  the  effective  nuclear  charge  does  not 
vary  greatly  as  we  go  to  higher  atomic  numbers.  However,  the  principal  quantum 
number,  n,  of  the  outermost  electrons  steadily  increases,  with  a  corresponding  in- 

crease in  orbital  radius. 
(c)  The  contrast  between  the  properties  of  bismuth  and  those  of  nitrogen  and 

phosphorus  illustrates  the  general  rule  that  there  is  a  trend  toward  increased  metallic 
character  as  we  move  down  in  a  given  group.  Bismuth,  in  fact,  is  a  metal.  The  in- 

creased metallic  character  occurs  because  the  outermost  electrons  are  more  readily 

lost  in  bonding,  a  trend  that  is  consistent  with  lower  ioni/ation  energy'. 
(d)  Following  the  procedures  described  in  Section  4.2  for  writing  molecular  and 

net  ionic  equations,  we  have  the  following: 

Molecular  equation:  Bi203(s)  +  6  HNOifni])  »  2  Bi(N03h(r?q)  +  3  H20(/) 

Net  ionic  equation:        Bi;0^(s)  +  6  H'(aq)   ►  2  B^'(aq)  +  3  H20(/) 
In  the  net  ionic  equation,  nitric  acid  is  a  strong  acid  and  Bi(NO^)3  is  a  soluble  salt,  so  we 

need  show  only  the  reaction  of  the  solid  with  the  hydrogen  ion  forming  the  Bi3  (aq)  ion and  water. 

To  calculate  the  concentration  of  the  solution,  we  proceed  as  follows  (Section  4.5): 

6.77gBi:0,      lmolBi203       2  mol  Biv      0.0581  mol  Bi  v  -  -  x  — -  x    =    =  0.0581  M 
0.500  L  soln      466.0  g  Bi203      1  mol  Bi20,  L  soln 

(e)  We  can  proceed  as  in  Section  2.3.  Bismuth  is  element  83;  there  are  therefore  83 
protons  in  the  nucleus.  Because  the  atomic  mass  number  is  209,  there  are 
209  -  83  =  126  neutrons  in  the  nucleus. 

(f)  We  proceed  as  in  Sections  1.4  and  3.4:  The  volume  of  the  cube  is  (5.00)3 
cm  =125  cm1.  Then  we  have 

9.780  gBi      lmolBi  „  ,„ 

125  cm'  Bi  x  -       °,     X    =  5.87  mol  Bi 
Lcm3        209.0  g  Bi 
6.022  x  1023  atom  Bi      „  _ ,  ,„24 

5.87  mol  Bi  x    =  3.54  x  1024  atoms  Bi 1  mol  Bi 

SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  7.1  The  periodic  table  was 

first  developed  by  Mendeleev  and  Meyer  on  the  basis  of 

the  similarity  in  chemical  and  physical  properties  exhibit- 
ed by  certain  elements.  Moseley  established  that  each  ele- 

ment has  a  unique  atomic  number,  which  added  more 

order  to  the  periodic  table.  We  now  recognize  that  ele- 
ments in  the  same  column  of  the  periodic  table  have  the 

same  number  of  electrons  in  their  valence  orbitals.  This 

similarity  in  valence  electronic  structure  leads  to  the  sim- 

ilarities among  elements  in  the  same  group.  The  differ- 
ences among  elements  in  the  same  group  arise  because 

their  valence  orbitals  are  in  different  shells. 

Section  7.2  Many  properties  of  atoms  are  due  to  the  av- 
erage distant  e  of  the  outer  electrons  from  the  nucleus  and 

to  the  effective  nuclear  charge  experienced  by  these  elec- 
trons. The  ci  electrons  are  very  effective  in  screening 

the  outer  eh  is  from  the  full  charge  of  the  nucleus, 
whereas  electi  i  in  the  same  shell  do  not  screen  each 

other  very  effet       l\  at  all.  As  a  result,  the  effective  nu- 

clear charge  experienced  bv  valence  electrons  increases 
as  we  move  left  to  right  across  a  period. 

Section  7.3  The  size  of  an  atom  can  be  gauged  by  its 

bonding  atomic  radius,  based  on  measurements  of  the 
distances  separating  atoms  in  their  chemical  compounds. 
In  general,  atomic  radii  increase  as  we  go  down  a  column 
in  the  periodic  table  and  decrease  as  we  proceed  left  to 

right  across  a  row. 
Cations  are  smaller  than  their  parent  atoms;  anions 

are  larger  than  their  parent  atoms.  For  ions  of  the  same 

charge,  size  increases  going  down  a  column  of  the  peri- 
odic table.  An  isoelectronic  series  is  a  series  of  ions  that 

has  the  same  number  of  electrons.  For  such  a  series,  size 

decreases  with  increasing  nuclear  charge  as  the  electrons 
are  attracted  more  strongly  to  the  nucleus. 

Section  7.4  The  first  ionization  energy  of  an  atom  is 

the  minimum  energy  needed  to  remove  an  electron  from 
the  atom  in  the  gas  phase,  forming  a  cation.  The  second 
ionization  energy  is  the  energy  needed  to  remove  a 
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second  electron,  and  so  forth.  Ionization  energies  show  a 

sharp  increase  after  all  the  valence  electrons  have  been  re- 
moved, because  of  the  much  higher  effective  nuclear 

charge  experienced  by  the  core  electrons.  The  first  ioniza- 
tion energies  of  the  elements  show  periodic  trends  that 

are  opposite  those  seen  for  atomic  radii,  with  smaller 
atoms  having  higher  first  ionization  energies.  Thus,  first 
ionization  energies  decrease  as  we  go  dow  n  a  column 
and  increase  as  we  proceed  left  to  right  across  a  row. 

We  can  write  electron  configurations  for  ions  by  first 
writing  the  electron  configuration  of  the  neutral  atom 

and  then  removing  or  adding  the  appropriate  number  of 
electrons.  Electrons  are  removed  first  from  the  orbitals 

with  the  largest  value  of  n.  Electrons  are  added  to  or- 
bitals with  the  lowest  value  of  n. 

Section  7.5  The  electron  affinity  of  an  element  is  the 

energy  change  upon  adding  an  electron  to  an  atom  in 

the  gas  phase,  forming  an  anion.  A  negative  electron  affin- 
ity means  that  the  anion  is  stable;  a  positive  electron 

affinity  means  that  the  anion  is  not  stable  relative  to  the 

separated  atom  and  electron.  In  general,  electron  affinities 
become  more  negative  as  we  proceed  from  left  to  right 

across  the  periodic  table.  The  halogens  have  the  most- 
negative  electron  affinities.  The  electron  affinities  of  the 
noble  gases  are  all  positive  because  the  added  electron 

would  hav  e  to  occupy  a  new,  higher-energy  subshell. 

Section  7.6  The  elements  can  be  categorized  as  metals, 
nonmetals,  and  metalloids.  Most  elements  are  metals; 

they  occupy  the  left  side  and  the  middle  of  the  periodic 

table.  Nonmetals  appear  in  the  upper-right  section  of 
the  table.  Metalloids  occupy  a  narrow  band  between  the 
metals  and  nonmetals.  The  tendency  of  an  element  to  ex- 

hibit the  properties  of  metals,  called  the  metallic  character, 
increases  as  we  proceed  down  a  column  and  decreases  as 
we  proceed  from  left  to  right  across  a  row. 

Metals  have  a  characteristic  luster,  and  they  are  good 
conductors  of  heat  and  electricity  When  metals  react  with 

nonmetals,  the  metal  atoms  are  oxidized  to  cations  and 

ionic  substances  are  generally  formed.  Most  metal  oxides 
are  basic;  they  react  with  acids  to  form  salts  and  water. 

Nonmetals  lack  metallic  luster  and  are  poor  conduc- 
tors of  heat  and  electricity  Several  are  gases  at  room  tem- 

perature. Compounds  composed  entirely  of  nonmetals 

are  generally  molecular.  Nonmetals  usualh  form  anion 
in  their  reactions  with  metals.  Nonmetal  oxide-  an 

acidic;  they  react  with  bases  to  form  salts  and  water.  Met- 
alloids have  properties  that  are  intermediate  between 

those  of  metals  and  nonmetals. 

Section  7.7  The  periodic  properties  of  the  elements  can 

help  us  understand  the  properties  of  groups  of  the  repre- 
sentative elements.  The  alkali  metals  (group  1  A)  are  soil 

metals  with  low  densities  and  low  melting  points.  tTie\ 
have  the  lowest  ionization  energies  of  the  elements.  As  a 

result,  they  are  v  ery  reactive  tow  ard  nonmetals,  easily  los- 
ing their  outer  s  electron  to  form  1+  ions.  The  alkaline 

earth  metals  (group  2A)  are  harder  and  more  dense  and 

have  higher  melting  points  than  the  alkali  metals.  They 
are  also  very  reactive  toward  nonmetals,  although  not  as 
reactive  as  the  alkali  metals.  The  alkaline  earth  metals 

readily  lose  their  two  outer  s  electrons  to  form  2  f  ions. 

Both  alkali  and  alkaline  earth  metals  react  with  hydrogen 
to  form  ionic  substances  that  contain  the  hydride  ion,  H  . 

Section  7.8  I  lydrogen  is  a  nonmetal  with  properties 
that  are  distinct  from  any  of  the  groups  of  the  periodic 

table  It  forms  molecular  compounds  with  other  non- 
metals,  such  as  oxygen  and  the  halogens. 

Oxygen  and  sulfur  are  the  most  important  elements 

in  group  6A.  Oxygen  is  usually  found  as  a  diatomic  mol- 
ecule, 02.  Ozone,  O3,  is  an  important  allotrope  of  oxy- 

gen. Oxygen  has  a  strong  tendency  to  gain  electrons  from 
other  elements,  thus  oxidizing  them.  In  combination  with 

metals,  oxygen  is  usually  found  as  the  oxide  ion,  O^  ,  al- 
though salts  of  the  peroxide  ion,  Of  ,  and  superoxide 

ion,  O2  ,  are  sometimes  formed.  Elemental  sulfur  is  most 
commonly  found  as  Sg  molecules.  In  combination  with 

metals,  it  is  most  often  found  as  the  sulfide  ion,  S' 
The  halogens  (group  7A)  are  nonmetals  that  exist  as 

diatomic  molecules.  I  he  halogens  have  the  most  negative 
electron  affinities  of  the  elements.  Thus  their  chemistry  is 

dominated  by  a  tendency  to  form  1-  ions,  especially  in 
reactions  with  metals. 

The  noble  gases  (group  8A)  are  nonmetals  thai  exist  as 
monoatomic  gases.  They  are  very  unreactive  because  thev 

have  completely  filled  s  and  /'  subshells.  Only  the  heaviest 
noble  gases  are  known  to  form  compounds,  and  they  do  so 
only  with  very  active  nonmetals,  such  as  fluorine. 

VISUALIZING  CONCEPTS 

7.1  We  can  draw  an  analogy  between  the  attraction  of  an  electron  to  a 
nucleus  and  seeing  a  lightbulb  in  essence,  the  more  nuclear 

charge  the  electron  "sees,"  the  greater  the  attraction.  (a>  Within 
this  analogy,  discuss  how  the  shielding  by  core  electrons  is  analo- 

gous to  putting  a  frosted-glass  lampshade  between  the  lightbulb 
and  your  eyes,  as  shown  in  the  illustration,  (b)  Explain  how  we 
could  mimic  moving  to  the  right  in  a  row  of  the  periodic  table  by 
changing  the  wattage  of  the  lightbulb.  (c)  How  would  you  change 
the  wattage  of  the  bulb  and/or  the  frosted  glass  to  mimic  the  ef- 

fect of  moving  down  a  column  of  the  periodic  table?  [Section  7.2] 

Observer 

Lightbulb  Frosted 



292       Chapter  7 Periodic  Properties  of  the  Elements 

7.2  Neon  lids  atomic  number  10.  What  are  the  similarities 

and  differences  in  describing  the  radius  of  a  neon  atom 
and  the  radius  ot  the  billiard  ball  illustrated  here?  Could 

you  use  billiard  balls  to  illustrate  the  concept  of  bonding 

atomic  radius1  Explain.  [Section  7.3] 

7.3  Consider  the  A2X4  molecule  depicted  below,  where  A 

and  X  are  elements.  The  A  —  A  bond  length  in  this  mol- 
ecule is  d|,  and  the  tour  A  — X  bond  lengths  are  each 

d2.  (a)  In  terms  of  d,  and  d;,  how  could  vou  define  the 

bonding  atomic  radii  ot  atoms  A  and  X1  (b)  In  terms  of 
d]  and  d2,  what  would  you  predict  for  the  X  —  X  bond 
length  of  an  Xj  molecule1  [Section  7.3] 

7.4  Make  a  simple  sketch  of  the  shape  of  the  main  part  of  the 
periodic  table,  as  shown,  (a)  Ignoring  H  and  He,  write  a 

EXERCISES 

Periodic  Table;  Effective  Nuclear  Charge 
7.7  Why  did  Mendeleev  leave  blanks  in  his  early  version  of 

the  periodic  table?  How  did  he  predict  the  properties  of 
the  elements  that  belonged  in  those  blanks? 

7.8  (a)  In  the  period  from  about  1800  to  about  1865,  the 

atomic  weights  of  main  elements  were  accurately  mea- 

sured. Why  was  this  important  to  Mendeleev's  formula- 
tion of  the  periodic  table?  (b)  What  property  of  the  atom 

did  Moseley  associate  with  the  wavelength  of  X  rays 

emitted  from  an  element  in  his  experiments1  In  what 
ways  did  this  affect  the  meaning  of  the  periodic  table1 

7.9  (a)  What  is  meant  In  the  term  effective  nuclear  charge? 
(b)  How  does  the  effective  nuclear  charge  experienced 
by  the  valence  elec  trons  of  an  atom  vary  going  from  left 
to  right  across  a  period  of  the  periodic  table? 

7.10  (a)  How  is  the  concept  of  effective  nuclear  charge  used 
to  simplify  the  numerous  electron-electron  repulsions  in 
a  many-electron  im?  (b)  Which  experiences  a  greater 
effective  nuclear  cl  in  a  Be  atom,  the  Is  electrons  or 

the  2s  electrons'  Expl 
7.11  (a)  If  each  core  electron  \\  totally  effective  in  screen- 

ing the  valence  electrons  1       the  full  charge  of  the  nu- 

single  straight  arrow  from  the  element  with  the  small- 
est bonding  atomic  radius  to  the  element  with  the  largest, 

(b)  Ignoring  1 1  ami  I  le,  write  a  single  straight  arrow  from 
the  element  with  the  smallest  first  ionization  energy  to  the 
element  with  the  largest,  (c)  What  significant  observation 
can  you  make  from  the  arrows  you  drew  in  parts  (a)  and 
(b)?  [Sections  7.3  and  7.4] 

7.5  In  the  chemical  process  called  electron  transfer,  an  elec- 
tron is  transferred  from  one  atom  or  molecule  to  another 

(we  will  talk  about  electron  transfer  extensively  in 
Chapter  20).  A  simple  electron  transfer  reaction  is 

A(g)  +  A(g)   »  A+(x)  +  A  {g) 
In  terms  of  the  ionization  energy  and  electron  affinity  of 
atom  A,  what  is  the  energy  change  for  this  reaction? 
[Sections  7.4  and  7.3] 

7.6  An  element  X  reacts  with  F2<x)  to  form  the  molecular 
product  shown  below,  (a)  Write  a  balanced  equation  for 
this  reaction  (do  not  worry  about  the  phases  for  X  and 

the  product),  (b)  Do  you  think  that  X  is  a  metal  or  non- 
metal?  Explain.  [Section  7.6] 

A 

F 

cleus  and  the  valence  electrons  provided  no  screening 
for  each  other,  what  would  be  the  values  of  the  screen- 

ing constant,  S,  and  the  effective  nuclear  charge,  Ze,f ,  for 

the  4s  electron  in  a  potassium  atom?  (b)  Detailed  calcu- 
lations show  that  the  value  of  Zett  for  a  K  atom  is  3.49+. 

Explain  the  difference  between  this  number  and  the  one 
you  obtained  in  part  (a). 

7.12  (a)  If  the  core  electrons  were  totally  effective  at  shielding 
the  valence  electrons  from  the  full  charge  of  the  nucleus 
and  the  \  alence  electrons  provided  no  shielding  for  each 
other,  what  would  be  the  values  of  S  and  Zeft  for  a  3/' 
electron  in  a  sulfur  atom1  (b)  Detailed  calculations  indi- 

cate that  the  value  of  S  for  a  3p  electron  in  a  sulfur  atom 
is  10.52.  Can  vou  explain  any  difference  between  this 
number  and  the  one  vou  obtained  in  part  (a)? 

7.13  Which  will  experience  the  greater  effective  nuclear 

charge,  the  electrons  in  the  n  =  3  shell  in  Ar  or  the  n  =  3 
shell  in  Kr1  Which  will  be  closer  to  the  nucleus?  Explain. 

7.14  Arrange  the  following  atoms  in  order  of  increasing  ef- 
fective nuclear  charge  experienced  by  the  electrons  in 

the  n  =  3  electron  shell:  K,  Mg,  P,  Rh,  and  Ti.  Explain  the 
basis  for  your  order. 



t  xeroses 

Atomic  and  Ionic  Radii 

7.1 5  Because  an  exact  outer  boundary  cannot  be  measured  or 
even  calculated  for  an  atom,  how  are  atomic  radii  deter- 

mined? What  is  the  difference  between  a  bonding  radius 
and  .1  nonbonding  radius? 

7.16  (a)  Whv  does  the  quantum  mechanical  description  of 

many-electron  .Hums  make  it  difficult  to  define  a  precise 
atomic  radius?  (b)  When  nonbonded  atoms  come  up 
against  one  another,  what  determines  how  closely  the 
nuclear  centers  can  approach? 

7.17  The  distance  between  W  atoms  in  tungsten  metal  is 
2.74  A.  What  is  the  atomic  radius  of  a  tungsten  atom  in 
this  environment?  (This  radius  is  called  the  metallic  radius.) 

7.18  Based  on  the  radii  presented  in  Figure  7.6,  predict  the 
distance  betw  een  Ge atoms  in  solid  germanium. 

7.19  Estimate  the  As  -  I  bond  length  from  the  data  in 
Figure  7.6,  and  compare  your  \  alue  to  the  experimental 

As — I  bond  length  in  arsenic  triiodide,  Asl  ,,  2.^  A. 
7.20  The  experimental  Bi — I  bond  length  in  bismuth  triio- 

dide, B1I3,  is  2.81  A.  Based  on  this  value  and  data  in 
Figure  7.6,  predict  the  atomic  radius  oi  Bi. 

7.21  How  do  the  sizes  of  atoms  change  as  we  move  (a)  from 
left  to  right  across  a  row  in  the  periodic  table,  (b)  from 
top  to  bottom  in  a  group  in  the  periodic  table? 
(c)  Arrange  the  following  atoms  in  order  of  inc  reasing 
atomic  radius:  F,  P,  S,  As. 

7.22  (a)  Among  the  nonmetallic  elements,  the  c  hange  in 
atomic  radius  in  moving  one  place  left  or  right  in  a  row  is 
smaller  than  the  change  in  moving  one  row  Lip  or  down. 
Explain  these  observ  ations,  (b)  Arrange  the  following 
atoms  in  order  of  increasing  atomic  radius:  Si,  S,  Ge,  Se. 

7.23  Using  only  the  periodic  table,  arrange  each  set  of  atoms 
in  order  of  increasing  radius:  (a)  Ca,  Mg,  Be;  (b)  Cia,  Br, 
Ge;  (c)  AFTLSi. 

7.24  Using  onlv  the  periodic  table,  arrange  each  set  ot  atoms 
in  order  of  increasing  radius:  (a)  Cs,  K,  Kb;  (b)  In,  Te,  Sn; 
(c)  P,  CI,  Sr. 

7.25  (a)  Why  are  monatomic  cations  smaller  than  their  corre- 
sponding neutral  atoms?  (b)  Why  are  monatomic  an- 

ions larger  than  their  corresponding  neutral  atoms? 
(c)  Why  does  the  size  ot  ions  increase  as  one  proceeds 
down  a  column  in  the  periodic  table? 

7.26  Explain  the  following  variations  in  atomic  or  ionic  radii 

(a)  I       II,  (b)  c  a:  Mg2 

(c)  Fe      le2  Fe3+. 7.27  Consider  a   reaction   represented   by   the  following 

spheres: 
Reac  taut rod  nets 

Which  sphere  represents  a  metal  and  which  a  nonmetal? 

Explain. 
7.28  Consider  the  following  spheres: 

Which  one  represents  Ca,  which  Ca"  ,  and  which  Mg"  ? 
7.29  (a)  What  is  an  isoelectronic  series?  (b)  Which  neutral 

atom  is  isoelectronic  with  each  of  the  following  ions; 

(/)  N3  ,  (/;')  Ba2  ,  (/'//')  Se2  ,  (iv)  Bi3+? 7.30  Select  the  ions  or  atoms  from  the  following  sefs  lh.it  are 

isoelectronic  with  each  other:  (a)  \a  ,  Si  "  ,  Br  ;  (b)  1 

Br  ,  Kr;  (c)  N  '  ,  P3  ,  Ti4  ;  (d)  Fe3  ,  Co  '  ,  \ln2  . 
7.31  (a)  Whv  do  the  radii  of  isoelectronic  ions  decrease'  w  ith 

increasing  nuclear  charge?  (b)  Which  experiences  the 
greatest  effectiv  e  nuclear  charge,  a  2/'  electron  in  I  ,  a  2/» 

electron  in  Me,  or  a  2/'  electron  in  Na  '  ? 7.32  Consider  S,  CI,  and  K  and  their  most  common  ions, 

(a)  Fist  the  atoms  in  order  ol  increasing  size,  (b)  List  the 
ions  in  order  ol  increasing  si/e.  (c)  Explain  anv  differ- 

ences in  the  orders  of  the  atomic  and  ionic  si/es. 

7.33  For  each  of  the  following  sets  of  atoms  and  ions,  arrange 

the  members  in  order  of  increasing  si/e:  (a)  Se"  ,  I  e"  ,  Se; 
lb)  Co'  ,  Fe2  ,  Fe'  ;  (c)  Ca,  H  4 ' ,  Sc  ;  ,  id)  Be2  ,  Na',  Ne. 

7.34  For  each  ot  the  following  statements,  provide  an  expla- 
nation: (a)  CI  is  larger  than  CI;  (b)  S  is  larger  than 

O2  ;  (c)  K   is  larger  than  Ca2'. 

Ionization  Energies;  Electron  Affinities 

7.35  Write  equations  that  show  the  processes  that  describe 
the  first,  second,  and  third  ionization  energies  of  a  boron 
atom. 

7.36  Write  equations  that  show  the  process  tor  (a)  the  first 
two  ionization  energies  of  tin  and  (b)  the  fourth  ioniza- 

tion energy  of  titanium. 

7.37  (a)  Why  are  ionization  energies  always  positive  quanti- 
ties1 (b)  Whv  does  F  have  a  larger  first  ionization  energj 

than  O?  (c)  Why  is  the  second  ionization  energy  of  an 
atom  always  greater  than  its  first  ionization  energy? 

7.38  (a)  Why  does  Li  hav  e  a  larger  first  ionization  energy 
than  Na?  (b)  The  difference  between  the  third  and 

fourth  ionization  energies  ol  scandium  is  much  larger 
than  the  difference  between  the  third  and  fourth  ioniza- 

tion energies  of  titanium.  Win  ?  (c)  Whv  does  I  1  have  a 
much  larger  second  ionization  energy  than  Be? 

7.39  (a)  What  is  the  general  relationship  between  the  si 

an  atom  and  its  first  ionization  energy7  (b)  Win 
ment  in  the  periodic  table  has  the  largest  ionizatio 

ergy?  Which  has  the  smallest7 7.40  (a)  What  is  the  trend  in  first  ionization  enei 

proceeds  down  the  group  7A  element  1  how 
this  trend  relates  to  the  variation  radii, 

(b)  Wh.it  is  the  trend  in  lust  ionizatio  'S  as  one 
moves  across  the  fourth  period  from  K  e  Kr?  I  low  does 
this  trend  compare  with  the  trend  in  atomic  sizes? 
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7.41  Based  on  their  positions  in  the  periodic  table,  predict 
which  atom  of  the  following  pairs  will  have  the  larger 
first  ionization  energy:  (a)  CI,  Ar;  (b)  Be,  Ca;  (c)  K,  Co; 
(d)S,  Ce;(e)Sn,  lr 

7.42  For  each  of  the  following  pans,  indicate  which  element 
has  the  larger  first  ionization  energy:  (a)  Kb,  Mo;  (b)  N, 
P;  (c)  Ga,  CI;  (d)  Pb,  Rn.  (In  each  case  use  electron  con- 

figuration and  effective  nuclear  charge  to  explain  your 
answer.) 

7.43  Write  the  electron  configurations  for  the  following  ions: 

(a)  Sr  ,  (b)  Bi3+,  (c)  Te2  ,  (d)  V  '  ,  (e)  Hg:  ,  (f)  Ni2\ 
7.44  Write  electron  configurations  for  the  following  ions,  and 

determine    which    have    noble-gas  configurations: 

(a)  Mn3+,  (b)  Se2  ,  (c)  Sc  '  ,  (d)  Ru2  ,  (e)  Tl  ,  (0  Au  . 

7.45  Write  the  electron  configuration  for  (a)  the  Mir'  ion  and 
(b)  the  Si"    ion.  How  many  unpaired  electrons  does 
each  contain? 

7.46  Identify  the  element  whose  ions  have  the  following  elec- 
tron configurations:  (a)  a  2+  ion  with  [Ar]3<f  ,  (b)  a  1  + 

ion  with  [Xe]4/  5d  6s~.  How  manv  unpaired  electrons 
does  each  ion  contain1 

Properties  of  Metals  and  Nonmetals 

7.53  How  are  metallic  character  and  first  ionization  energy 
related? 

7.54  Arrange  the  following  pure  solid  elements  in  order  of 

increasing  electrical  conductivity:  Ge,  Ca,  S,  and  Si.  Ex- 
plain the  reasoning  you  used. 

7.55  For  each  of  the  following  pairs,  which  element  will  have 
tlie  greater  metallic  character:  (a)  Li  or  Be,  (b)  Li  or  Na, 
(c)  Sn  or  P,  (d)  Al  or  B? 

7.56  (a)  What  data  can  you  cite  from  this  chapter  to  sup- 
port a  prediction  that  the  metallic  character  of  the 

group  5A  elements  will  increase  with  increasing  atom- 
ic number?  (b)  Nomnetallic  character  is  the  opposite  of 

metallic  character — nonmetallic  character  decreases 
as  metallic  character  increases.  Arrange  the  following 
elements  in  order  of  increasing  nonmetallic  character: 
Se,  Ag,  Sn,  F,  and  C. 

7.57  Predict  whether  each  of  the  following  oxides  is  ionic  or 
molecular:  SO:,  MgO,  Li2Q,  P205,  Y203,  N2Q.  and 
Xe( 1 .  Explain  the  reasons  for  your  choices. 

7.58  \\  hen  metal  oxides  react  with  water,  the  oxygen  gener- 
alh  ends  up  as  the  hydroxide  ion,  separate  from  the 
metal.  In  contrast,  when  nonmetallic  oxides  react  with 

water,  the  oxygen  ends  up  as  part  of  the  nonmetal 
spei  ies  (I  or  example,  upon  reaction  of  C02  with  water, 
the  oxygen  remains  on  the  carbon  in  H2CCv)  (a)  Give 

two  examples  each  from  metals  and  nonmetals  to  sup- 
port the:  c  generalizations,  (b)  What  connection  is  there 

between  this  contrasting  behavior  of  metal  and  non- 
metal  oxides  and  ionization  energies? 

7.47  Write  equations,  including  electron  configurations  be- 
neath the  species  involved,  that  explain  the  difference 

between  the  first  ionization  energy  of  Se(g)  and  the  elec- tron affinity  of  Se(g). 

7.48  The  first  ionization  energy  of  Ar  and  the  electron  affini- 
ty oi  Ar  are  both  positive'  values.  What  is  the  signifi- 

cance of  the  positive  value  in  each  case? 

7.49  The  electron  affinity  of  lithium  is  a  negative  value,  where- 
as the  electron  affinity  of  beryllium  is  a  positiv  e  value.  Use 

electron  configurations  to  account  for  this  observation. 
7.50  While  the  electron  affinity  of  bromine  is  a  negative 

quantity,  it  is  positiv  e  for  Kr.  Use  the  electron  configura- 
tions of  the  two  elements  to  explain  the  difference. 

7.51  What  is  the  relationship  between  the  ionization  energy 

of  an  anion  with  a  I  -  charge  such  as  F  and  the  electron 
affinity  of  the  neutral  atom,  F? 

7.52  Write  an  equation  for  the  process  that  corresponds  to 

the  electron  affinity  of  the  Mg'  ion.  Also  write  the  elec- 
tron configurations  of  the  species  involved.  What 

process  does  this  electron  affinity  equation  correspond 
to?  What  is  the  magnitude  of  the  energy  change  in  the 
process?  [Hint:  The  answer  is  in  Table  7.2.] 

7.59  (a)  What  is  meant  by  the  terms  acidic  oxide  and  basic 
oxide?  (b)  How  can  we  predict  whether  an  oxide  will  be 
acidic  or  basic,  based  on  its  composition? 

7.60  Arrange  the  following  oxides  in  order  of  increasing 
acidity:  C02,  CaO,  A1203/  SO3,  Si02,  and  P205. 

7.61  Chlorine  reacts  with  oxvgen  to  form  CLO7.  (a)  What  is 

the  name  of  this  product  (see  Table  2.6)?  (b)  Write  a  bal- 
anced equation  for  the  formation  CLC^f/)  from  the  ele- 

ments, (c)  Under  usual  conditions,  CLO7  is  a  colorless 

liquid  with  a  boiling  point  of  81°C  Is  this  boiling  point 
expected  or  surprising?  (d)  Would  you  expect  CLO7  to 

be  more  reactive  toward  H~(aq)  or  OH  (aq)?  Explain. 
[7.62]  An  element  X  reacts  with  oxygen  to  form  X02  and  with 

chlorine  to  form  XC14.  X02  is  a  white  solid  that  melts  at 

high  temperatures  (above  1000°C).  Under  usual  condi- 
tions, XCI4  is  a  colorless  liquid  with  a  boiling  point  of 

58°C.  (a)  XCI4  reacts  with  water  to  form  X02  and  anoth- 
er product.  What  is  the  likely  identity  of  the  other  prod- 

uct1 (b)  Do  vou  think  that  element  X  is  a  metal, 
nonmetal,  or  metalloid?  Explain,  (c)  By  using  a  source- 

book such  as  the  CRC  Handbook  of  Chemistry  and  Pln/sics, 
trv  to  determine  the  identity  of  element  > . 

17.63]  Write  balanced  equations  for  the  following  reactions: 

(a)  barium  oxide  with  water,  (b)  iron(II)  oxide  with  per- 
chloric acid,  (c)  sulfur  trioxide  with  water,  (d)  carbon 

dioxide  with  aqueous  sodium  hydroxide. 
7.64  Write  balanced  equations  for  the  following  reactions: 

(a)  potassium  oxide  with  water,  (b)  diphosphorus  triox- 
ide with  water,  (c)  chromium(IH)  oxide  with  dilute  hy- 

drochloric acid,  (d)  selenium  dioxide  with  aqueous 

potassium  hydroxide. 

Croup  Trends  in         Is  and  Nonmetals  tiun  fl,)  most  COmmon  ionic  charge,  (c)  first  ionization 
7.65  Compare  thf  nts  sodium  and  magnesium  with  re-  energy,  (d)  reactivity  toward  water,  (e)  atomic  radius, 

spect  to  the  foli      ing  properties:  (a)  electron  configura-  Account  for  the  differences  between  the  two  elements. 
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7.66  (a)  Compare  the  electron  t  on  figurations  and  atomic 

radii  (see  Figure  7.6)  of  rubidium  and  silver.  In  what  re- 
spects are  their  electronic  configurations  similar?  Ac- 
count for  the  difference  in  radii  of  the  two  elements, 

(b)  As  with  rubidium,  silver  is  most  commonly  found  as 

the  I  ♦  ion,  Ag  .  However,  silver  is  far  less  reactive.  Ex- 
plain these  observations. 

7.67  (a)  Whv  is  calcium  generally  more  reactive  than  magne- 
sium? (b)  Whv  is  calcium  generally  less  reactive  than 

potassium? 
7.68  (a)  Win  is  cesium  more  reactive  toward  water  than  is 

lithium?  (b)  ( )ne  of  the  alkali  metals  reac  ts  with  oxygen 
to  form  a  solid  white  substance.  When  this  substance  is 

dissolved  in  water,  the  solution  gives  a  positive  test  for 
hydrogen  peroxide,  H2O2.  When  the  solution  is  tested 
in  a  burner  flame,  a  lilac-purple1  flame  is  produced. 

What  is  the  likely  identity  of  the  metal1  (c)  Write  a  bal- 
anced chemical  equation  for  reaction  of  the  white  sub- 
stance with  water. 

7.69  Write  a  balanced  equation  for  the  reac  tion  that  oc(  urs  in 
each  ot  the  following  cases:  (a)  Potassium  metal  burns 
in  an  atmosphere  of  t  hlorine  gas.  (b)  Strontium  oxide  is 
added  to  water,  (c)  A  fresh  surface  of  lithium  metal  is  ex- 

posed to  oxygen  gas.  (d)  Sodium  metal  is  reacted  w  ith 
molten  sulfur. 

7.70  Write  a  balanced  equation  for  the  reaction  that  on  urs  in 
each  of  the  following  cases:  (a)  Potassium  is  added  to 
water,  (b)  Barium  is  added  to  water,  (c)  Lithium  is  heat- 

ed in  nitrogen,  forming  lithium  nitride,  (d)  Magnesium 
burns  in  oxygen. 

7.71  Use  electron  configurations  to  explain  why  hydrogen 

exhibits  properties  similar  to  those  of  both  Li  and  I". 7.72  (a)  As  described  in  Section  7.7,  the  alkali  metals  react 

with  hydrogen  to  form  hydrides  and  react  with 
halogens — for   example,    fluorine — to    form  halides. 

Additional  Exercises 

7.79  Consider  the  stable  elements  through  lead  1/  S2).  In 

how  many  instances  are  the  atomic  weights  of  the  ele- 
ments in  the  reverse  order  relative  to  the  atomic 

numbers  of  the  elements?  What  is  the  explanation  for 
these  cases? 

7.80  In  1871,  Mendeleev  predicted  the  existence  of  an  ele- 
ment that  he  called  eka-aluminum,  which  would  have 

the  following  properties:  atomic  weight  of  about 
68  amu,  density  of  about  5.9  g  cm  ,  low  melting  point, 
high  boiling  point,  and  an  oxide  with  stoichiometry 
M2Ov  (a)  In  1875  the  element  predicted  by  Mendeleev 
was  discovered.  B\  what  name  is  the  element  known? 

(b)  Use  a  reference  such  as  the  CRC  Handbook  oj  Clwm 
istry  and  Physics  or  Webl  lements  <  om  to  check  the  accu- 

racy of  Mendeleev's  predictions. 
7.81  (a)  Which  will  have  the  lower  energy,  a  4^  or  a  4/)  electron 

in  an  As  atom1  (b)  I  low  can  we  use  the  concept  of  effec- 
tive nuclear  charge  to  explain  your  answer  to  part  (a)? 

7.82  (a)  It  the  core  electrons  were  totally  effective  at  shielding 
the  valence  electrons  and  the  valence  electrons  provided 
no  shielding  for  each  other,  what  would  be  the  effective 
nuclear  charge  acting  on  the  valence  electron  in  P? 
(b)  Detailed  calculations  indicate  that  the  effective  nu- 

Compare  the  roles  of  hydrogen  and  the  halogen  in  these 
reactions.  In  w  hat  sense  are  the  forms  of  hvdrogen  and 

halogen  in  the  products  alike1  (b)  Write  balanced  equa- tions for  the  reaction  ol  fluorine  with  calcium  and  loi 

the  reaction  of  hydrogen  with  calcium.  What  are  the 
similarities  among  the  products  of  these  reactions? 

7.73  Compart'  the  elements  fluorine  and  chlorine  with  re- 
spect to  the  following  properties:  (a)  electron  configura- 

tion, (b)  most  common  ionic  charge,  (c)  first  ionization 

energy,  (d)  reactivity  tow  ard  water,  (e)  electron  affinity, 
(f)  atomic  radius.  Account  for  the  differences  between 

the  two  elements. 
7.74  I  ittle  is  known  about  the  properties  ol  astatine,  At,  be- 

cause ol  its  rarity  and  high  radioactivity.  Nevertheless,  it 
is  possible  for  us  to  make  manv  predictions  about  its 
properties,  (a)  Do  you  expect  the  element  to  be  a  gas, 

liquid,  or  solid  at  room  temperature1  I  xplain.  (b)  W  hat 
is  the  chemical  formula  of  the  compound  it  forms 
u  ith  Na? 

7.75  Until  the  early  1960s  the  group  8A  elements  were  called 

the  inert  gases.  Why  was  this  name  given1  W  hv  is  it  in- 

appropriate? 7.76  Whv  does  xenon  react  w  ith  fluorine  whereas  neon 

does  not  ' 7.77  Write  a  balanced  equation  for  the  reac  tion  that  occurs  m 
each  of  the  following  cases:  (a)  Ozone  decomposes  to 
dioxygen.  (b)  Xenon  reacts  with  fluorine.  (Write  three 
different  equations.)  (c)  Sulfur  reacts  with  hydrogen  gas, 
(d)  Fluorine  reacts  with  water. 

7.78  Write  a  balanced  equation  for  the  reac  tion  that  occurs  m 
each  of  the  following  cases:  (a)  Chlorine  reacts  with 
water,  (b)  Barium  metal  is  heated  in  an  atmosphere  of 
hvdrogen  gas.  (c)  I  ithium  reacts  with  sulfur,  (d)  I  luo- 
rine  reacts  with  magnesium  metal. 

clear  charge  is  5.6*  for  the  3s  electrons  and  4.9  I  for  the 
3/)  electrons.  Why  are  the  v  alues  for  the  ?s  and  3/>  elec- 

trons different?  (c)  It  v  oil  remove  a  single  electron  from 

a  P  atom,  w  hit  h  orbital  w  ill  it  come  from1  I  xplain. 
7.83  \earlv  all  the  mass  ol  an  atom  is  in  the  nu<  leus,  w  hu  h 

has  ,i  v  erv  small  radius.  When  atoms  bond  together  (lor 

example,  two  fluorine  atoms  in  I  .),  win  is  the-  distance 
separating  the  nuclei  so  muc h  larger  than  the  radii  ol  the 

nuclei1 

|7.84|  C  onsider  the  change  in  effei  tive  nut  lear  1  harge  experi- 
enced by  a  2/'  electron  as  we  proceed  from  (.   to  \ 

(a)  Based  on  a  simple  model  in  which  core  electrons 
screen  the  valence  electrons  completely  and  valence 
electrons  do  not  screen  other  valence  electrons,  what 

do  you  predict  for  the  change  in  /,.H  from  C   to  ,\? 
(b)  I  he  at  ttial  calculated  change  in  /,  ,,  from  I 
I). 70  +  .  I  low  can  we  explain  the  difference  betwei 
number  and  the  one  obtained  in  part  (a)?(c)  I  In 
la  ted  change  in  ZL.h  from  N  to  O  is  smalli 
from  C  to  N.  Can  you  prov  ide  an  explai 
obsen  ation? 

7.85  As  we  min  e  across  a  period  of  the  ;  .  table,  why 
do  the  sizes  ol  the  transition  elen  1  liange  more 
gradually  than  those  of  the  represei        e  elements? 
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7.86  In  the  series  of  group  5A  hydrides,  of  general  formula 

Mr!,,  the  measured  bond  distances  are  I'—  H,  I.419  A; 
As—  H,  1 .514  A;  Sb  —  II,  1.707  A.  (a)  Compare  these 
values  with  those, estimated  b\  use  of  the  atomic  radii  in 

Figure  7.6.  (b)  Explain  the  steady  increase  in  M  —  H 
bond  distance  in  this  series  in  terms  of  the  electronic 

configurations  of  the  M  atoms. 
7.87  It  is  possible  to  produce  compounds  ol  the  form 

GeClhh,  GeCl2H2(  and  CeC  l  ll.  What  values  do  you 

predict  tor  the  Ge — II  and  Ge  —  CI  bond  lengths  in 
these  compounds? 

7.88  Note  from  the  following  table  that  the  increase  in  atomic 
radius  in  moving  from  Zr  to  I  It  is  smaller  than  in  moving 
from  Y  to  La.  Suggest  an  explanation  for  this  effect. 

7.89 

Atomic  Radii  (A) 

Sc  1.44 Ti 1.36 

Y     1 .62 
/r 

1.48 

La  1.69 1  II 1.50 

The  "Chemistry and 

Life" 

ionic   size  in 

2+ 

17.90] 

box  on 

Section  7.3  compares  the  ionic  radii  of  Zn~  and  Cd~ 
(a)  The  2+  ion  of  which  other  element  seems  the  most 

obvious  one  to  compare  to  Zn  and  Cd  ?  (b)  With  ref- 
erence to  Figure  2.24,  is  the  element  in  part  (a)  essential 

for  life?  (c)  Estimate  the  ionic  radius  of  the  2+  ion  of  the 

element  in  part  (a).  Explain  any  assumptions  you  have 
made,  (d)  Would  you  expect  the  2+  ion  of  the  element  in 
part  (a)  to  be  physiologically  more  similar  to  Zn  or  to 
Cd  ?  (e)  Use  a  sourcebook  or  a  Web  search  to  deter- 

mine whether  the  element  in  part  (a)  is  toxic  to  humans. 
The  ionic  substance  strontium  oxide,  SrO,  forms  from 
the  direct  reaction  of  strontium  metal  with  molecular 

oxygen.  The  arrangement  of  the  ions  in  solid  SrO  is 
analogous  to  that  in  solid  NaCl  (see  Figure  2.23)  and  is 

shown  below,  (a)  Write  a  balanced  equation  for  the  for- 
mation of  SrO(s)  from  the  elements,  (b)  In  the  figure,  do 

the  large  spheres  represent  Sr~f  ions  or  O  ions?  Ex- 
plain, (c)  Based  on  the  ionic  radii  in  Figure  7.7,  predict 

the  length  of  the  side  of  the  cube  in  the  figure,  (d)  The 
experimental  density  of  SrO  is  5.10  g/cm  .  Given  your 
answer  to  part  (c),  what  is  the  number  of  formula  units 
ol  SrO  that  are  contained  in  the  cube  in  the  figure?  (We 
will  examine  structures  like  those  in  the  figure  more 
closely  in  Chapter  11.) 

7.91  Explain  the  variation  in  ionization  energies  of  carbon,  as 
displayed  in  the  following  graph: 

Ionization  energies  of  carbon 
50,000 

3  4 
Ionization  number 

1 7.92 1  Listed  here  are  the  atomic  and  ionic  (2  +  )  radii  for  calci- 
um and  zinc: 

Radii  (A) 

Ca  1 .74 

C  a2 

0.99 
Zn  1.31 

Zn2'
 

0.74 

(a)  Explain  why  the  ionic  radius  in  each  case  is  smaller 
than  the  atomic  radius,  (b)  Why  is  the  atomic  radius  of 
calcium  larger  than  that  of  zinc?  (c)  Suggest  a  reason 
why  the  difference  in  the  ionic  radii  is  much  less  than 
the  difference  in  the  atomic  radii. 

7.93  Do  vou  agree  with  the  following  statement?  "A  negative 
value  for  the  electron  affinity  of  an  atom  occurs  when 
the  outermost  electrons  only  incompletely  shield  one 

another  from  the  nucleus."  If  not,  change  it  to  make  it 
more  nearly  correct  in  your  view.  Apply  either  the  state- 

ment as  given  or  your  revised  statement  to  explain  why 

the  electron  affinity  of  bromine  is  -325  kj/mol  and  that 
for  its  neighbor  Kr  is  >  0. 

7.94  Use  orbital  diagrams  to  illustrate  what  happens  when 

an  oxygen  atom  gains  two  electrons.  Why  is  it  extreme- 
ly difficult  to  add  a  third  electron  to  the  atom? 

Use  electron  configurations  to  explain  the  following  ob- 
servations: (a)  The  first  ionization  energy  of  phosphorus 

is  greater  than  that  of  sulfur,  (b)  The  electron  affinity  of 

nitrogen  is  lower  (less  negative)  than  those  of  both  car- 
bon and  oxygen,  (c)  The  second  ionization  energy  of 

oxygen  is  greater  than  that  of  fluorine,  (d)  The  third  ion- 
ization energy  of  manganese  is  greater  than  those  of 

both  chromium  and  iron. 

7.96  The  following  table  gives  the  electron  affinities,  in 
kj/mol,  for  the  group  IB  and  group  2B  metals: 

[7.95] 

Cu Zn 

-119 

>  0 

Ag 

Cd 

-126 

>  0 

Au 

Hg 

-223 

>  0 
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(a)  Whv  arc  the  electron  affinities  oi  the  group  215  ele- 
ments greater  than  zero?  (b)  Why  do  the  electron  affini- 

ties ol  tin*  group  IB  elements  become  more  negative  as 
we  move  down  the  group?  \l lint:  Examine  the  trends  in 
the  electron  affinity  of  other  groups  as  we  proceed 
down  the  periodic  table.] 

7.97  Hydrogen  is  an  unusual  element  because  it  behaves  in 
some  ways  like  the  alkali  metal  elements  and  in  other 
ways  like  ,i  nonmetal.  Its  properties  c  an  be  explained  in 
part  by  its  electron  configuration  and  h\  the  values  for 
its  ionization  energy  and  electron  affinity,  (a)  Explain 
whv  the  electron  affinity  of  hydrogen  is  much  closer  to 
the  values  for  the  alkali  elements  than  for  the  halogens. 

(b)  Is  the  following  statement  true1  "Hydrogen  has  the 
smallest  bonding  atomic  radius  ol  am  element  that 

forms  chemical  compounds."  If  not,  correct  it.  It  it  is,  ex- 
plain in  terms  of  electron  configurations,  (c)  Explain 

why  the  ionization  energy  of  hydrogen  is  closer  to  the 
values  for  the  halogens  than  for  the  alkali  metals. 

[ 7.98 1   The  first  ioni/ation  energy  of  the  oxygen  molecule  is  the 
energy  required  for  the  following  process: 

02(g)   >  02+(g)  +  e 
The  energy  needed  for  this  process  is  1175  M  mol,  very 
similar  to  the  tirst  ionization  energy  of  Xe.  Would  you 

expect  O2  to  react  with  I \"i  II  so,  suggest  a  product  or 
products  of  this  reaction. 

7.99  Based  on  your  reading  of  this  chapter,  arrange  the  fol- 
lowing in  order  of  increasing  melting  point:  K,  Bn,  Mg, 

and  O2.  Explain  the  factors  that  determine  the  order. 
|7.100|  There  are  certain  similarities  in  properties  that  exist  be- 

tween the  first  member  of  any  periodic  family  and  the 
element  located  below  it  and  to  the  right  in  the  period- 

ic table.  For  example,  in  some  ways  I  1  resembles  Mg, 
Be  resembles  Al,  ami  so  forth.  I  his  observation  is 

called  the  diagonal  relationship.  Using  what  we  have 
learned  in  this  chapter,  otter  a  possible  explanation  tor 
this  relationship. 

17.1011  The  elements  at  the  bottom  of  groups  [A,  2A,  6A,  7A, 
and  XA — Fr,  Ra,  Po,  At,  and  Rn — are  all  radioactive.  As  a 
result,  much  less  is  known  about  their  physical  and 

chemical  properties  than  those  ot  the  elements  abo\ 
them.  Based  on  w  hat  we  have  learned  in  this  chapter 
which  of  these  five  elements  w  ould  vou  expect  (a)  to 
have  the  most  metallic  character,  (b)  to  have  the  least 
metallic  (that  is,  the  most  nonmetallic)  character,  (c)  to 
have  the  largest  first  ionization  energy,  (d)  to  have  the 
smallest  first  ionization  energy,  (e)  to  have  the  greatest 
(most  negative)  electron  affinity,  (f)  to  have  the  largest 
atomic  radius,  (g)  to  resemble  least  in  appearance  the  el- 

ement immediately  above  it,  (h)  to  have  the  highest 
melting  point,  (i)  to  react  most  exothermicalh  with 
w  ater? 

|7.1(I2|  A  historian  discovers  a  nineteenth-century  notebook  in 
which  some  observations,  dated  1822,  on  a  substance 

thought  to  be  a  new  element,  were  recorded  Here  are 
some  of  the  data  recorded  in  the  notebook:  Ductile, 

silver-white,  metallic  looking.  Softer  than  lead.  Unaf- 
fected by  water.  Stable  in  air.  Melting  point:  153  C.  1  )en- 

sitv:  7.3gcm\  Electrical  conductivity:  20"..  that  ol 
copper.  Hardness:  .About  1%  as  hard  as  iron.  When 
4.20  g  ol  the  unknown  is  heated  in  an  excess  of  oxygen, 
3.0S  g  of  a  white  solid  is  formed.  I  he  solid  could  be  sub- 

limed by  heating  to  over  800  C.  (a)  Using  information  in 
the  text  and  a  handbook  of  chemistry,  and  making  al- 

lowances for  possible  variations  in  numbers  from  cur- 
rent values,  identify  the  element  reported,  (b)  Write  a 

balanced  chemical  equation  for  the  reaction  with  oxy- 
gen, (c)  |udging  from  Figure  7.2,  might  this  nineteenth- 

century  investigator  have  been  the  first  to  discover  a 
new  element? 

[7.103]  It  has  been  discovered  in  recent  years  that  many  organic 
compounds  that  contain  chlorine,  including  dioxins, 
w  hich  had  been  thought  to  be  entirely  ol  man-made  ori- 

gin, are  formed  in  natural  processes.  Mori'  than  "5(10(1 natural  organohalogen  compounds,  most  invoh  mg 
chlorine  and  bromine,  are  known.  These  compounds,  in 
which  the  halogen  is  attached  to  carbon,  are  nearly  all 
nonionii  materials.  Why  are  these  materials  typically 
not  ionic,  .is  are  the  more  abundant  inorganic  halogen 

compounds  found  in  nature1 

Integrative  Exercises 

17.104]  Moseley  established  the  concept  ol  atomic  number  by 
studying  X  rays  emitted  by  the  elements.  The  \  rays 
emitted  by  some  of  the  elements  have  the  follow  ing 
wavelengths: 

Element Wavelength  (A) 

Ne 14.610 
(  a 3.358 
Zn 1.435 
Zr 0.786 
Sn 0.491 

(a)  Calculate  the  frequency,  v,  of  the  \  rays  emitted  by 
each  of  the  elements,  in  Hz.  (b)  Using  graph  paper  (or 
suitable  computer  software),  plot  the  square  root  of  v 
versus  the  atomic  number  of  the  element.  What  do  you 

observe  about  the  plot?  (c)  Explain  how  the  plot  in  part 

(b)  allowed  Moseley  to  predict  the  existence  ol  undis- 
covered elements,  (d)  Use  the  result  from  part  (b)  to  pre- 

dict the  X-ray  wavelength  emitted  In  iron  (e)  \ 
particular  element  emits  X  rays  with  a  wavelength  ol 

0.980  A.  What  element  do  you  think  it  is1 
|7.105|  (a)  Write  the  electron  configuration  for  Li,  and  estimate 

the  effective  nuclear  charge  experienced  by  the  valence 

electron,  (b)  The  energy  of  an  electron  in  .1  one-elei  Ire 

atom  or  ion  equals  ( -2.1S  ■   10  18  J)f  ̂  V  where 
the  nuclear  charge  and  //  is  the  prim  ipal  quan 
ber  of  the  electron.  Estimate  the  first  ioni/, 

ol  I  i.  (c)  Compare  the  result  ol  your  cal<  .vilh  the 
value  reported  in  Table  7.4,  anil  explai  difference. 
(d)  What  value  of  the  effective  nuele,  .•  gives  the 
proper  value  tor  the  ionization  energy      >oes  this  agree 

with  your  explanation  in  (i  I1 
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|7.106|  One  way  to  measure  ionization  energies  is  photoelec- 
tron  spectroscopy  (PES),  a  technique  based  on  the 
photoelectric  effect.  In  PES,  mono- 

chromatic light  is  directed  onto  a  sample,  causing  elec- 
trons to  be  emitted.  The  kinetic  energy  of  the  emitted 

electrons  is  measured,  the  difference  between  the  ener- 

gy of  the  photons  and  the  kinetic  energy  of  the  electrons 
corresponds  to  the  energy  needed  to  remove  the  elec- 

trons (that  is,  the  ionization  energy).  Suppose  that  a  PES 

experiment  is  performed  in  which  mercurv  vapor  is  ir- 
radiated with  ultrav  iolet  light  of  wavelength  58.4  nm. 

(a)  What  is  the  energy  of  a  photon  of  this  light,  in  eV7 
(b)  Write  an  equation  that  shows  the  process  corre- 

sponding to  the  first  ionization  energy  of  Hg.  (c)  The  ki- 
netic energy  of  the  emitted  electrons  is  measured  to  be 

10.75  eV.  What  is  the  first  ionization  energy  of  Hg,  in 
kj/mol?  (d)  With  reference  to  Figure  7.11,  determine 
which  of  the  halogen  elements  has  a  first  ionization  en- 

ergy closest  to  that  of  mercury. 
7.107  Consider  the  gas-phase  transfer  of  an  electron  from  a 

sodium  atom  to  a  chlorine  atom: 

Na(g)  +  C\(g)   >  Na+(#)  +  CI  (g) 
(a)  Write  this  reaction  as  the  sum  of  two  reactions,  one 
that  relates  to  an  ionization  energy  and  one  that  relates 
to  an  electron  affinity,  (b)  Use  the  result  from  part  (a), 

data  in  this  chapter,  and  Hess's  law  to  calculate  the  en- 
thalpy ot  the  above  reaction.  Is  the  reaction  exothermic 

or  endothermic?  (c)  The  reaction  between  sodium  metal 

and  chlorine  gas  is  highly  exothermic  and  produces 
NaCI(s),  whose  structure  w  as  discussed  in  Section  2.6. 
Comment  on  this  observ  ation  relativ  e  to  the  calculated 

enthalpy  for  the  aforementioned  gas-phase  reaction. 
17.1081  When  magnesium  metal  is  burned  in  air  (Figure  3.5), 

two  products  are  produced.  One  is  magnesium  oxide, 
MgO  The  other  is  the  product  of  the  reaction  of  Mg 
with  molecular  nitrogen,  magnesium  nitride.  When 
water  is  added  to  magnesium  nitride,  it  reacts  to  form 
magnesium  oxide  and  ammonia  gas.  (a)  Based  on  the 
charge  of  the  nitride  ion  (Table  2.5),  predict  the  formula 
of  magnesium  nitride,  (b)  Write  a  balanced  equation  for 
the  reaction  of  magnesium  nitride  with  water.  What  is 
the  driving  force  for  this  reaction?  (c)  In  an  experiment  a 
piece  of  magnesium  ribbon  is  burned  in  air  in  a  crucible. 
The  mass  of  the  mixture  of  MgO  and  magnesium  nitride 
after  burning  is  0.470  g.  Water  is  added  to  the  crucible, 

further  reaction  occurs,  and  the  crucible  is  heated  to 

dryness  until  the  final  product  is  0.486  g  of  MgO.  What 
was  the  mass  percentage  of  magnesium  nitride  in  the 
mixture  obtained  after  the  initial  burning?  (d)  Magne- 

sium nitride  can  also  be  formed  by  reaction  of  the  metal 
with  ammonia  at  high  temperature.  Write  a  balanced 
equation  lor  this  reaction.  If  a  6.3-g  Mg  ribbon  rea<  ts 
with  2.57  g  NH-ifg)  and  the  reaction  goes  to  completion, 
which  component  is  the  limiting  reactant?  What  mass  of 
H^fx)  is  formed  in  the  reaction?  (e)  The  standard  en- 

thalpy of  formation  ot  solid  magnesium  nitride  is 
-461 .08  kj  mol  '.  Calculate  the  standard  enthalpy 
change  lor  the  reaction  between  magnesium  metal  and 
ammonia  gas. 

7.109  (a)  The  experimental  Bi  Br  bond  length  in  bismuth  tri - 
bromide,  BiBn,,  is  2.63  A.  Based  on  this  value  and  the 
data  in  Figure  7.6,  predict  the  atomic  radius  of  Bi. 
(b)  Bismuth  tribromide  is  soluble  in  acidic  solution.  It  is 

formed  by  treating  solid  bismuth(III)  oxide  with  aque- 
ous hvdrobromic  acid.  Write  a  balanced  chemical  equa- 

tion tor  this  reaction,  (c)  While  bismuth(III)  oxide  is 
soluble  in  acidic  solutions,  it  is  insoluble  in  basic  solu- 

tions such  as  NaOH(i7i/).  On  the  basis  of  these  proper- 
ties, is  bismuth  characterized  as  a  metallic,  metalloid,  or 

nonmetallic  element?  (d)  Treating  bismuth  with  fluorine 
gas  forms  BiF^.  Use  the  electron  configuration  of  Bi  to 

explain  the  formation  of  a  compound  with  this  formula- 
tion, (e)  While  it  is  possible  to  form  BiF^  in  the  manner 

just  described,  pentahalides  of  bismuth  are  not  known 
for  the  other  halogens.  Explain  whv  the  pentahalide 
might  form  with  fluorine,  but  not  with  the  other  halo- 

gens. How  does  the  behavior  of  bismuth  relate  to  the 
fact  that  xenon  reacts  with  fluorine  to  form  compounds, 
but  not  with  the  other  halogens? 

7.110  Potassium  superoxide,  K02,  is  often  used  in  oxvgen 
masks  (such  as  those  used  by  firefighters)  b>ecause  K02 
reacts  with  C02  to  release  molecular  oxygen.  Experi- 

ments indicate  that  2  mol  of  K02(s)  react  with  each  mole 

of  C02(x).  (a)  The  products  of  the  reaction  are  KiCO^fs) 

and  02(x)-  Write  a  balanced  equation  for  the  reaction  be- 
tween KOi(s)  and  C02(x).  (b)  Indicate  the  oxidation 

number  for  each  atom  involved  in  the  reaction  in  part 
(a).  What  elements  are  being  oxidized  and  reduced? 
(c)  What  mass  of  K02(s)  is  needed  to  consume  18.0  g 
C02(e)?  What  mass  of  02(e)  is  produced  during  this 
reaction? 

eMEDIA  EXERCISES 

These  exercises  in, ike  use  of  the  interactive  objects  available  on- 
line m  OneKey  or  the  Companion  Website,  and  on  your  Accel- 

erator C  I )  A(  i  ess  to  these  resources  comes  in  your  MediaPak. 
7.1 1 1  The  Periodic  Trends:  Atomic  Radii  animation  (7.3)  de- 

scribes the  trends  in  the  si/es  of  atoms  on  the  periodic 

table — from  left  to  right  and  from  top  to  bottom, 
(a)  What  factors  influence  atomic  radius?  (b)  Based  on 

the  factoi  that  influence  the  atomic  radius,  explain  why 
the  radius       allium  is  smaller  than  that  of  aluminum. 

7.112  I  he  Gain  an  loss  of  Electrons  animation  (7.3)  illus- 
trates how  adi.    ion  oi  subtraction  of  an  electron  affects 

the  size  of  an  atom.  The  first  ionization  of  aluminum 

produces  the  Al+  ion,  which  is  smaller  than  the  neutral 
Al  atom.  The  second  ionization  of  aluminum  produces 
the  Al  ion,  which  is  smaller  still.  The  third  ionization 

of  aluminum  produces  the  Al3+  ion,  and  the  3+  cation  is even  smaller  than  the  2+  cation.  Of  the  first,  second, 

and  third  ionizations,  which  would  you  expect  to  cause 

the  biggest  change  in  size?  Explain  your  reasoning. 
7.113  According  to  the  information  given  in  the  Periodic 

Trends:  Ionization  Energy  animation  (7.4),  you  might 

expect  fluorine  and  chlorine  to  have  two  of  the  highest 
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ionization  energies  among  (lie  representative  elements. 
Explain  whv  those  two  elements  are  almost  always 
found  m  nature  as  ions 

7.114  Although  the  Periodic  Trends:  Ionization  Energy  ani- 
mation (7.4)  depicts  clear  trends  in  the  magnitudes  of 

first  ionization  energies,  the  mo\  ie  shows  that  the 
trend  from  left  to  right  across  the  periodic  table  is  not 
smooth,  (a)  Based  on  electron  configurations,  explain 
why  this  is  so.  (b)  For  each  pair,  predic  t  whic  h  one  will 
have  the  higher  first  ionization  energy:  N,  O;  Be,  B;  Ca, 
Ga;  P,  S. 

7.115  (a)  What  happens  to  the  size  of  the  i  hlonne  atom  in  the 
Ionization  Energy  animation  (7.4)  when  the  first  elec- 

tron is  removed?  (b)  How  do  you  account  for  tins 
change  in  size?  (c)  Based  on  your  answer  to  part  (h), 

how  would  you  expect  the  size  of  the  c  hlorine  atom  t. > 
change  if  an  electron  were  added  rather  than  removed? 

7.11d  (a)  Based  on  the  information  in  the  Periodic  Trends:  Acid- 
Base  Behavior  of  Oxides  animation  (7.6),  which  ot  the  fol 

lowing  compounds  would  you  expect  to  form  a  basic 
solution  with  w  ater:  NaO,  NO,  N20,  k :0,  CO  A  (b)  \\  |1K  |, 
oxide  in  each  pair  would  produce  the  most  acidic  solution, 
and  why?  C02,CO;  NO,  N20;  N20?,  N204. 

7.117  Watch  the  Sodium  and  Potassium  in  Water  nun  ie  I 
and  note  the  differences  between  the  two  reactions 

shown,  (a)  What  property  ol  the  elements  involved  is  re- 
sponsible for  the  observed  differences?  (b)  How  would 

you  expect  the  reaction  of  Kb  and  water  to  differ  from 
the  reactions  in  the  demonstration?  Describe  w  hat  you 
would  expect  to  happen. 

eLABORATORY  EXERCISES 

These  exercises  allow  students  to  applv  the  i  oncepts  and  skills 
for  this  chapter  in  the  simulated  laboratory  ol  Virtual  ChemLab. 
Worksheets  for  each  of  these  exercises  are  found  in  the  Virtual 

ChemLab  Workbook  in  your  MediaPak. 

7.119  (VCL  7-1)  Flame  Tests  for  Metals 
Have  you  ever  wondered  why  a  candle  flame  is  yellow? 
The  characteristic  yellow  of  the  flame  comes  from  the 
glow  of  burning  carbon  fragments.  I  he  carbon  fragments 
are  produced  by  the  incomplete  combustion  reaction  ol 
the  wick  and  candle  wax.  When  elements,  sir  h  as  carbon, 
are  heated  to  high  temperatures,  some  of  their  electrons 
are  excited  to  higher  energy  levels.  When  these  excited 

electrons  fall  back  to  lower  energy  lev  els,  they  release  ex- 
cess energy  in  packages  of  light  called  photons.  The  color 

of  the  emitted  light  depends  on  the  individual  energy 
level  spacing  in  the  atom.  When  heated,  each  element 
emits  a  characteristic  pattern  of  photons,  w  hich  is  useful 
for  identifvmg  the  element.  The  characteristic  colors  of 
light  produced  w  hen  substances  are  heated  in  the  flame 
of  a  gas  burner  are  the  basis  for  flame  tests  ot  several 

elements.  In  this  assignment  you  w  ill  perform  flame  tests 
that  are  used  to  identify  sev  eral  metallic  elements. 

7.120  (VCL  7-2)  Emission  Spectra  of  Sodium  and  Martini 
In  the  INOOs  scientists  found  that  when  a  sample  of  gas 
is  excited  bv  an  alternating  electric  field,  light  with  onl\ 
certain  discrete  w  av  elengths  is  emitted.  I  his  propertv 
allowed  tor  the  development  ot  spectroscopic  tech- 

niques that  can  be  used  in  the  identification  and  analysis 
of  elements  and  compounds.  Even  though  scientists 

found  spectroscopy  very  useful,  they  umkl  not  explain 
why  the  spectrum  was  not  continuous.  The  explanation 
of  this  was  lett  to  Niels  Bohr,  a  Danish  physicist,  w  ho 

first  proposed  that  energy  levels  ot  electrons  are  quan- 
tized and  excited  electrons  t  an  tall  only  to  disc  rete  ener- 

gy levels.  This  assignment  illustrates  the  measurements 
that  helped  Bohr  develop  his  original  quantum  model 
and  also  illustrates  some  practical  uses  lor  this  science 
bv  measuring  the  emission  spectra  lor  mercurj  and 
sodium.  Mercury  vapor  is  used  in  fluorescent  lights, 
and  sodium  vapor  in  street  lighting. 
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8.8  Strengths  of  Covalent  Bonds 

WHAT'S  AHEAD 

•  We  begin  with  a  brief  discussion  of 
chemical  bund  types  and  introduce 
Letois  symbols,  a  way  ot  showing  the 
valence  electrons  in  atoms  and  ions. 

(Section  8.1 ) 

•  Ionic  bonding  results  from  the 
essentially  complete  transfer  of  one 
or  more  electrons  from  one  atom  to 

another.  We  will  stud\'  the  energetics 
of  formation  of  ionic  substances  and 

describe  the  lattice  energy  of  these 
substances.  (Section  S.2) 

•  Covalent  bonding  involves  the  sharing 
of  one  or  more  electron  pairs 
betw  een  atoms,  as  needed  to  attain 
an  octet  of  electrons  about  each  atom. 
(Section  S.3) 

•  We  then  see  that  cov  alent  bonds  can 

be  represented  by  diagrams  called 
Lewis  structures  and  that  covalent 

bonds  can  be  single,  double,  or  triple. 
(Section  S3) 

•  Electronegativity  is  defined  as  the 
ability  of  an  atom  to  attract  electrons 
to  itself  in  a  bonding  situation. 
Electron  pairs  will  in  general  be 
shared  unequally  between 
atoms  of  differing 
electronegativity,  leading 

to  polar  covalent  bonds. 
(Section  SA) 

•  We  will  examine  more 
closely  some  of  the  rules 
we  use  for  drawing  Lewis 
structures,  including  the 
assignment  of  formal 

charges  to  atoms  in 
molecules.  (Section  8.5) 

•  It  may  occur  that  more  than  one 
equivalent  Lewis  structure  can  be 
drawn  for  a  molecule  or  polyatomic 
ion.  The  actual  structure  in  such 
i  ,iscs  is  a  blend  of  two  or  more 

contributing  Lewis  structures,  called 
resonance  structures.  (Section  8.6) 

•  Exceptions  to  the  octet  rule  include  a 
relatively  few  cases  in  which  there  are 
fewer  than  S  electrons  in  the  valence- 

shell  orbitals.  By  contrast,  the 
structures  of  many  compounds  of 

third-period  and  heavier  elements  can 
best  be  described  by  assuming  that 
the  valence-shell  orbitals  hold  more 
than  an  octet  of  electrons.  (Section  8.7) 

The  strengths  of  covalent  bonds  vary 
with  the  number  of  shared  electron 

pairs  as  well  as  other  factors.  We  can 
use  average  bond  enthalpy  values, 
which  are  average  values  of  the 
energy  needed  to  break  a  specific 

type  of  bond,  to  estimate  the 
enthalpies  of  reaction  in  cases  where 
thermodynamic  data  such  as  heats 
of  formation  are  unavailable. 
(Section  8.8)  A 



Basic  Concepts 

of  Chemical  Bonding 

ON  THE  TABLE  IN  MOST  DINERS,  YOU  CAN  EXPECT  TO  FIND  THE  TWO 

WHITE  crystalline  substances  shown  in  the  photo- 

graph: table  salt  and  granulated  sugar.  In  spite  of 

their  similarities  in  appearance,  salt  and  sugar 

are  vastly  different  kinds  of  substances.  Table 

salt  is  sodium  chloride,  NaG,  which  consists  of  sodium  ions,  Na  *,  and 
chloride  ions,  CI  .  The  structure  is  held  together  by  the  attractions  be- 

tween the  oppositely  charged  ions,  w  hich  we  call  ionic  bonds.  Gran- 
Is        ulated  sugar,  in  contrast,  docs  not  contain  ions.  Instead,  it  consists 

of  molecules  of  sucrose,  C12H22O1 1 ,  in  which  attractions  called 

m$        covalent  bonds  hold  the  atoms  together.  One  consequence  of  the 

difference  in  bonding  in  salt  and  sugar  is  their  different  be- 
haviors in  water:  NaCl  dissolves  in  water  to  yield  ions  in  so- 

lution (NaCI  is  an  electrolyte),  whereas  sucrose  dissolves  in 
water  to  yield  aqueous  C12H22O1 1  molecules  (sucrose  is 
a  nonelei  trolyte). 

The  properties  of  substances  are  determined  in 

large  part  by  the  chemical  bonds  that  hold  their 
atoms  together.  What  determines  the  type  ol 
bonding  in  each  substance,  and  just  how  do  the 

characteristics  of  these  bonds  give  rise  to  dif- 
ferent physical  and  chemical  properties?  The 

keys  to  answering  the  first  question  are 
found  in  the  electronic  structures  of  the 

atoms  involved,  which  we  discussed  in 

Chapters  6  and  7.  In  this  chapter  and 

the  next,  we  will  examine  the  rela- 

tionships among  electronic  struc- 
ture, chemical   bonding  forces, 

and  chemical  bond  type.  We'll also  see  how  the  properties  of 

ionic    and    covalent  sub- 

stances arise  from  the  dis- 
tributions   ol  electronic 

v    '  •         charge    within  atoms, 

ions,  and  mole<  ules 
ALTHOUGH  TABLE  SALT  AND  SUGAR  are  both  white  crystalline  substances,  they  involve  distinctly 
different  chemical  bonds.  Table  salt  has  ionic  bonds  between  Na  and  CI  ions,  whereas  table  sugar 
(sucrose,  C12H220n)  is  a  molecular  substance  with  covalent  bonds 

301 
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8.1 

ACTIVITY 
1    Periodic  Trends:  Lewis  Symbols 

Magnesium  oxide 

Potassium  dichromate  Nickel(II)  n x i el c 

(a) 

Sulfur 

Chemical  Bonds,  Lewis  Symbols, 

and  the  Octet  Rule 

Whenever  two  atoms  or  ions  are  strongly  attached  to  each  other,  we  say  there  is 
a  chemical  bond  between  them.  There  are  three  general  types  of  chemical 
bonds:  ionic,  covalent,  and  metallic.  figure  8:1  ̂   shows  examples  of  substances 
in  which  we  find  each  of  these  types  of  attractive  forces. 

The  term  ionic  bond  refers  to  electrostatic  forces  that  exist  between  ions  of 

opposite  charge.  Ions  may  be  formed  from  atoms  by  the  transfer  of  one  or  more 
electrons  from  one  atom  to  another.  Ionic  substances  generally  result  from  the 
interaction  of  metals  on  the  tar  left  side  of  the  periodic  table  with  nonmetals  on 
the  far  right  side  (excluding  the  noble  gases,  group  8A).  Ionic  bonding  will  be 
discussed  in  Section  S.2. 

A  covalent  bond  results  from  the  sharing  of  electrons  between  two  atoms. 
The  most  familiar  examples  of  covalent  bonding  are  seen  in  the  interactions  of 

nonmetallic  elements  with  one  another.  We  devote  much  of  this  chapter  and  the 
next  to  describing  and  understanding  covalent  bonds. 

Metallic  bonds  are  found  in  metals,  such  as  copper,  iron,  and  aluminum. 
Each  atom  in  a  metal  is  bonded  to  several  neighboring  atoms.  The  bonding 

electrons  are  relatively  free  to  move  throughout  the  three-dimensional  struc- 
ture of  the  metal.  Metallic  bonds  give  rise  to  such  typical  metallic  properties  as 

high  electrical  conductivity  and  luster.  We  will  examine  these  bonds  in 

Chapter  23. 

Lewis  Symbols 

The  electrons  involved  in  chemical  bonding  are  the  valence  electrons,  which,  for 
most  atoms,  are  those  residing  in  the  outermost  occupied  shell  of  an  atom. 

The  American  chemist  G.  N.  Lewis  (1875-1946)  suggested  a 
simple  way  of  showing  the  valence  electrons  in  an  atom  and  tracking  them  in 

the  course  of  bond  formation,  using  what  are  now  known  as  Lewis  electron-dot 
symbols  or  merely  Lewis  symbols. 

The  Lewis  symbol  for  an  element  consists  of  the  chemical  symbol  for  the 

element  plus  a  dot  for  each  valence  electron.  Sulfur,  for  example,  has  the  elec- 
tron configuration  [Ne]3s  3p  ;  its  Lewis  symbol  therefore  shows  six  valence 

electrons: 

Magnesium 

Gold  Copper 

(c) 

▲  Figure  8.1    Chemical  bonds.  Examples  of 
substances  in  which  (a)  ionic,  (b)  covalent,  and 
(c)  metallic  bonds  are  found 

The  dots  are  placed  on  the  four  sides  of  the  atomic  symbol:  the  top,  the  bottom, 
and  the  left  and  right  sides.  Each  side  can  accommodate  up  to  two  electrons.  All 
four  sides  of  the  symbol  are  equivalent,  which  means  that  the  choice  of  which 
side  to  place  two  electrons  versus  one  electron  is  arbitrary. 

The  electron  configurations  and  Lewis  symbols  for  the  representative  ele- 
ments of  the  second  and  third  rows  of  the  periodic  table  are  shown  in 

Table  8. 1  ►.  Notice  that  the  number  of  valence  electrons  in  any  representative  el- 
ement is  the  same  as  the  group  number  of  the  element.  For  example,  the  Lewis 

symbols  for  oxygen  and  sulfur,  members  of  group  6A,  both  show  six  dots. 

Q    GIVE  IT  SOME  THOUGHT 

Which  of  the  following  three  possible  Lewis  symbols  for  CI  is  correct? 

:Ci-    :Cl:  :&■ 
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TABLE  8.1 Lewis  Symbols 

Element Electron  Configuration 1  ewis  Symbol Element Electron  Configuration 1  ewis  S\  m  hi 1 1 

I  i 
II Iel2s' 

Li- 

Na 
1  Ni>]  is  1 

\.r Be 
|Ik']2s: 

IK 

lvlg 

|  .\(.  |  i.s H 
[Hel2s22»' 

•B- 

\j INi'lls2!/)1 

[  1  >J  v.  1  -  / •  Al  • 

c 
1 1  [el2s22u2 

•C- 

[Ne]3s23w2 

•Si  • 

N 
[He]2s22/?3 

■  \  : 

1 ' 

•  p: 

O 
[He]2s22p4 

c J 

INcl  is:  id4 

:S: 
1 

[He]2s22p5 

*  i  • 

i  ■ 

(  1 

•  <"l  • 

Ne 
[He]2s22p6 

:Ne: \r 

[Ne]3s23p6 

The  Octet  Rule  activity 
Atoms  often  gain,  lose,  or  share  electrons  to  achieve  the  same  number  of  electrons        ̂    Octet  Rule 
as  the  noble  gas  closest  to  them  in  the  periodic  table.  The  noble  gases  have  verv 
stable  electron  arrangements,  as  evidenced  by  their  high  ionization  energies,  low 

affinity  for  additional  electrons,  and   general   lack  of  chemical  reactivity. 

i)  Because  all  noble  gases  (except  He)  have  eight  valence  elec- 
trons, many  atoms  undergoing  reactions  also  end  up  with  eight  valence 

electrons.  This  observation  has  led  to  a  guideline  known  as  the  octet  rule:  Atoms 
tend  to  gain,  lose,  or  share  electrons  until  they  are  surrounded  In/  eight  valence  electrons. 

An  octet  of  electrons  consists  of  full  s  and  \>  subshells  in  an  atom.  In  terms  of 
Lewis  svmbols,  an  octet  can  be  thought  of  as  four  pans  of  valence  electrons 
arranged  around  the  atom,  as  in  the  I  ewis  symbol  for  Ne  in  Table  8.1.  There  are 

many  exceptions  to  the  octet  rule,  but  it  provides  a  useful  framework  for  intro- 
ducing many  important  concepts  of  bonding. 

8.2  |  Ionic  Bonding 

When  sodium  metal,  \ah),  is  brought  into  contact  with  chlorine  gas,  CT(;S'),  a 
violent  reaction  ensues  (Figure  8.2  ►).  The  product  of  this  very  exothermic  re- 

action is  sodium  chloride,  NaCl(s): 

Na(s)  +  \  Cl2(g)   ►  NaCl(s)       \H°f  -     410.9  kj  [8.1] 
Sodium  chloride  is  composed  of  Na   and  CI   ions,  which  are  arranged  in  a  reg- 

ular three-dimensional  array,  as  shown  in  Figure  S.3  ►. 
The  formation  of  Na  from  Na  and  CI  from  Ch  indicates  that  an  electron 

has  been  lost  by  a  sodium  atom  and  gained  bv  a  chlorine  atom — we  can  envision 
an  electron  transfer  from  the  Na  atom  to  the  CI  atom.  Two  of  the  atomic  properties 
we  discussed  in  Chapter  7  give  us  an  indication  of  how  readily  electron  transfer 

occurs:  the  ionization  energy,  which  indicates  how  easil)  an  electron  can  be  re- 
moved from  an  atom,  and  the  electron  affinity,  which  measures  how  much  an 

atom  wants  to  gain  an  electron.  .5)  Electron  transfer  to 

form  oppositely  charged  ions  occurs  when  one  of  the  atoms  readily  gives  up  an 
electron  (low  ionization  energv)  and  the  other  atom  readily  gains  an  electron 
(high  electron  affinity).  Thus,  NaCI  is  a  typical  ionic  compound  because  it  con- 

sists of  a  metal  of  low  ionization  energy  and  a  nonmetal  of  high  electron  affinity. 

Using  Lewis  electron-dot  symbols  (and  showing  a  chlorine  atom  rather  than  the 
CIt  molecule),  we  can  represent  this  reaction  as  follows: 

M  MOVIE 

Na-  +  -Q:   >    Na  '  +  [:CJ:j  [,X.2|        ̂ "   Formation  of  Sodium  Chloride 
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FORMATION  OF  SODIUM  CHLORIDE 

When  metals  and  nonmetals  react,  electrons  are  transferred  from  the  metal  atoms  to  the  nonmetal  atoms, 

forming  ions.  The  principal  reason  that  ionic  compounds  are  stable  is  the  attraction  between  ions  of  unlike 
charge,  which  draws  them  together,  releasing  energy  and  causing  the  ions  to  form  a  solid  array  or  lattice. 

A  container  of  chlorine 
g.is  and  a  container  of 

sodium  metal. 

Formation  of  NaCl  begins  as 
sodium  is  added  to  the 

chlorine 

The  reaction  a  tew  minutes  later, 
strongly  exothermic,  giving  off 

both  heat  and  light. 

▲  Figure  8.2  Formation  of  sodium  chloride. 

The  arrow  indicates  the  transfer  of  an  electron  from  the  Na  atom  to  the  CI 

atom.  Each  ion  has  an  octet  of  electrons,  the  octet  on  Na+  being  the  2s  2p  elec- 

trons that  lie  below  the  single  3s  valence  electron  of  the  Na  atom.  We've  put  a 
bracket  around  the  chloride  ion  to  emphasize  that  all  eight  electrons  are  located 

exclusively  on  the  CP  ion. 

▲  Figure  8.3   The  crystal  structure  of 
sodium  chloride.  In  this  three-dimensional 
array  of  ions,  each  Na  ion  is  surrounded  by  six 
CI  ions,  and  each  CI  ion  is  surrounded  by 
six  Na  ions. 

9 GIVE  IT  SOME  THOUGHT 

Describe  the  electron  transfers  that  occur  in  the  formation  of  magnesium  fluoride 
from  elemental  magnesium  and  fluorine. 



8.2         Ionic  Bondinj 

Energetics  of  Ionic  Bond  Formation 

As  seen  in  Figure  8.2,  the  reaction  of  sodium  with  chlorine  is  ven/  exothermic.  In 

fact,  Equation  8.1  is  the  reaction  for  the  formation  of  NaCl(s)  from  its  elements, 
so  thdt  the  enthalpy  change  for  the  reaction  is  111,  for  NaCl(s).  In  Appendix  C 

we  see  that  the  heat  of  formation  ol  other  ionic  substances  is  also  quite  nega- 
tive. What  factors  make  the  formation  ol  ionic  compounds  so  exothermic? 

In  Equation  8.2  we  represented  the  formation  of  NaCI  as  the  transfer  of  an 

electron  from  \a  to  CI.  Recall  from  our  discussion  of  ionization  energies,  how  - 
ever, that  the  loss  of  electrons  from  an  atom  is  always  an  endothermic  process. 

7.4 )  Removing  an  electron  from  Na(#)  to  form  Na  (g),  for  instance, 

requires  496  kj/mol.  Conversely,  when  a  nonmetal  gains  an  electron,  the 
process  is  generally  exothermic,  as  seen  from  the  negative  electron  affinities  of 

the  elements.  Adding  an  electron  to  C\(g),  tor  example,  releas- 
es 349  kj/mol.  It  the  transfer  of  an  electron  from  one  atom  to  another  were  the 

only  factor  in  forming  an  ionic  bond,  the  overall  process  would  rarely  be 
exothermic.  For  example,  removing  an  electron  from  Na(g)  and  adding  it  to 

Cl(g)  is  an  endothermic  process  that  requires  4Vh  341'  147  kj  mol.  This  en- 
dothermic process  corresponds  to  the  formation  of  sodium  and  chloride  ions 

that  are  infinitely  far  apart — in  other  words,  the  positive  energy  change  as- 
sumes that  the  ions  are  not  interacting  with  one  another,  which  is  quite  differ- 

ent from  the  situation  in  ionic  solids. 

The  principal  reason  that  ionic  compounds  are  stable  is  the  attraction  between 
ions  of  unlike  charge.  This  attraction  draws  the  ions  together,  releasing  energy  and 

causing  the  ions  to  form  a  solid  array,  or  lattice,  such  as  that  shown  for  NaCI  in 

Figure  8.3.  A  measure  of  just  how  much  stabilization  results  from  arranging  oppo- 
sitely charged  ions  in  an  ionic  solid  is  given  by  the  lattice  energy,  which  is  the  en- 

ergy required  to  completely  separate  a  mole  at  a  solid  ionic  compound  into  its  gaseous  ions. 
To  get  a  picture  of  this  process  for  NaCI,  imagine  that  the  structure  shown 

in  Figure  8.3  expands  from  within,  so  that  the  distances  between  the  ions  in- 
crease until  the  ions  are  very  far  apart.  I  his  process  requires  788  k|  mol,  which 

is  the  value  of  the  lattice  energy: 

ACTIVITY Bond  Enthalpy 

NaCl(f NaTx)  +  CI  (g)  AH| .lttkv +  788  kj/mol 
[8.3] 

TABLE  8.2   Lattice  Energies  for  Some  Ionic  Compounds 

Notice  that  this  process  is  highly  endothermic.  The  reverse  process — the 

coming  together  of  Na(;s')'  and  Cl(g)  to  form  NaCl(s) — is  therefore  highly 
exothermic  ( A/ /  =  — 788  kj  mol). 

Table  8.2  ►  lists  the  lattice  energies  of  NaCI  and  other  ionic  compounds. 

All  are  large  positive  values,  indicating  that  the  ions  are  strongly  attracted  to 
one  another  in  these  solids.  The  energy  re- 

leased by  the  attraction  between  ions  of  unlike 

charge  more  than  make's  up  for  the  endother- 
mic nature  of  ionization  energies,  making  the 

formation  of  ionic  compounds  an  exothermic 
process.  The  strong  attractions  also  cause  most 
ionic  materials  to  be  hard  and  brittle,  with 

high  melting  points — for  example,  NaCI  melts 
at801°C. 

The  magnitude  of  the  lattice  energy  of  a 
solid  depends  on  the  charges  of  the  ions,  their 
sizes,  and  their  arrangement  in  the  solid.  We 
saw  in  Chapter  5  that  the  potential  energy  of 
two  interacting  charged  particles  is  given  by 

ACTIVITY 

Coulomb's  Law 

d 
[8.4] 

Lattice  Energy 1  attice  Energj 

Compou  nd (kj/mol) Compound 
(kj/mol) LiF 1030 

MgCb 
2326 LiCl 

834 Sr(  h 2127 
1  il 

730 

NaF 
910 MgO 

NaCI 
788 

Till 

NaBr 732 SrO 
Nal 682 
KF 808 ScN 
KC1 7lll 
KBr 

671 CsCl 

(  s| 

657 
600 
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In  this  equation  (J|  and  Qi  are  the  charges  on  the  particles,  d  is  the  distance  be- 

tween their  centers,  and  k  is  a  constant,  8.99  X  10yJ-m/C2. 
Equation  8.4  indicates  that  the  attractive  interaction  between  two  oppositely 
charged  ions  increases  as  the  magnitudes  of  their  charges  increase  and  as  the 
distance  between  their  centers  decreases.  Thus,  for  a  given  arrangement  of  ions, 

Hie  lattice  energy  increases  as  the  charges  on  the  ions  increase  ami  as  their  radii  de- 
crease.  The  magnitude  of  lattice  energies  depends  primarily  on  the  ionic  charges 
because  ionic  radii  do  not  vary  over  a  very  wide  range. 

■■  SAMPLE  EXERCISE  8.1  |  Magnitudes  of  Lattice  Energies 

Without  consulting  Table  8.2,  arrange  the  following  ionic  compounds  in  order  of  in- 
creasing lattice  energy:  NaF,  Csl,  and  CaO. 

Solution 

Analyze:  From  the  formulas  for  three  ionic  compounds,  we  must  determine  their  rel- 
ative lattice  energies. 

Plan:  We  need  to  determine  the  charges  and  relative  sizes  of  the  ions  in  the  com- 
pounds. We  can  then  use  Equation  8.4  qualitatively  to  determine  the  relativ  e  ener- 

gies, knowing  that  the  larger  the  ionic  charges,  the  greater  the  energy  and  the  farther 
apart  the  ions  are,  the  lower  the  energy. 

Solve:  NaF  consists  of  Na+  and  F  ions,  Csl  of  Cs*  and  I  ions,  and  CaO  of  Ca"'  and 
0~~  ions.  Because  the  product  of  the  charges,  Q1Q2,  appears  in  the  numerator  of 
Equation  8.4,  the  lattice  energy  will  increase  dramatically  when  the  charges  of  the 
ions  increase.  Thus,  we  expect  the  lattice  energy  of  CaO,  which  has  2+  and  2-  ions, 
to  be  the  greatest  of  the  three. 

The  ionic  charges  in  NaF  and  Csl  are  the  same.  As  a  result,  the  difference  in  their 
lattice  energies  will  depend  on  the  difference  in  the  distance  between  the  centers  of 
the  ions  in  their  lattice.  Because  ionic  size  increases  as  we  go  down  a  group  in  the  pe- 

riodic table  (Section  7.3),  we  know  that  Cs*  is  larger  than  Na"  and  I~  is  larger  than  F  . 
Therefore  the  distance  between  the  Na*  and  F~  ions  in  NaF  will  be  less  than  the  dis- 

tance between  the  Cs*  and  I  ions  in  Csl.  As  a  result,  the  lattice  energy  of  NaF  should 
be  greater  than  that  of  Csl.  In  order  of  increasing  energy,  therefore,  we  have 
Csl  <  NaF  <  CaO. 
Check:  Table  8.2  confirms  our  predicted  order  is  correct. 

mm  PRACTICE  EXERCISE 

Which  substance  would  you  expect  to  have  the  greatest  lattice  energy,  AgCl,  CuO, 
orCrN? 
Answer:  CrN 

Electron  Configurations  of  Ions  of  the  Representative  Elements 

We  began  considering  the  electron  configurations  of  ions  in  Section  7.4.  In  light 
of  our  examination  of  ionic  bonding,  we  will  continue  with  that  discussion 
here.  The  energetics  of  ionic  bond  formation  helps  explain  why  many  ions  tend 

to  have  noble-gas  electron  configurations.  For  example,  sodium  readily  loses 

one  electron  to  form  Na+,  which  has  the  same  electron  configuration  as  Ne: 

Na        ls22s22/763s]  =  [Netfs1 

Na*       ls22s22p6      =  [Ne] 

Even  though  lattice  energy  increases  with  increasing  ionic  charge,  we  never 

find  ionic  compounds  that  contain  Na2"  ions.  The  second  electron  removed 
would  have  to  come  from  an  inner  shell  of  the  sodium  atom,  and  removing 

electrons  from  an  inner  shell  requires  a  very  large  amount  of  energy. 
The  increase  in  lattice  energy  is  not  enough  to  compensate  for 

the  energy  needed  to  remove  an  inner-shell  electron.  Thus,  sodium  and  the 
other  group  1 A  metals  are  found  in  ionic  substances  only  as  1+  ions. 

Similarly,  the  addition  of  electrons  to  nonmetals  is  either  exothermic  or 

only  slightly  endothermic  as  long  as  the  electrons  are  being  added  to  the 
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valence  shell.  Thus,  a  CI  atom  easily  adds  an  electron  to  form  CI  ,  which  has  the 
same  electron  configuration  as  Ar: 

CI        ls22s22p63s23//  =  [Ne]3s2V 

CI        ls22s22p63s23//1  -  |Ne]3s2y  =  [Ar] 

In  order  to  form  a  CI2  ion,  the  second  electron  would  have  to  be  added  to  the 

next  higher  shell  of  the  CI  atom,  which  is  energetically  very  unfavorable.  There- 
fore, we  never  observ  e  CI    ions  in  ionic  compounds. 

Based  on  these  concepts,  we  expect  that  ionic  compounds  of  the  represen- 
tative metals  from  groups  1  A,  2A,  and  3A  w  ill  contain  cations  with  charges  of 

1+,  2  +  ,  and  3  +  ,  respectively.  Likewise,  ionic  compounds  of  the  representative 

nonmetals  of  groups  5A,  oA,  and  7 A  usually  contain  anions  of  charge  3—,  2-, 
and  1-,  respectively  Although  we  rarely  find  ionic  compounds  of  the  non- 
metals  from  group  4A  (C,  Si,  and  Ge),  the  heaviest  elements  in  group  4A  (Sn 

and  Pb)  arc  metals  and  arc  usually  found  as  2  1  cations  in  ionic  compounds: 

Sn  and  Pb~".  This  behavior  is  consistent  with  the  i ni  leasing  metallic  character 
found  as  one  proceeds  down  a  column  in  the  periodic  table. 

■■  SAMPLE  EXERCISE  8.2  |  Charges  on  Ions 

Predict  the  ion  generally  formed  by  (a)  Sr,  (b)  S,  (c)  Al. 

Solution 

Analyze:  We  must  decide  how  many  electrons  are  most  likely  to  be  gained  or  lost  by 
atoms  of  Sr,  S,  and  Al. 

Plan:  In  each  case  we  can  use  the  element's  position  in  the  periodic  table  to  predict 
whether  it  will  form  a  cation  or  an  anion.  We  can  then  use  its  electron  configuration 
to  determine  the  ion  that  is  likely  to  be  formed. 
Solve:  (a)  Strontium  is  a  metal  in  group  2A and  will  therefore  form  a  cation.  Its  electron 

configuration  is  [Kr]5s~,  and  so  we  expect  that  the  two  valence  electrons  can  be  lost  eas- 
ily to  give  an  Sr_t  ion.  (b)  Sulfur  is  a  nonmetal  in  group  6A  and  will  thus  tend  to 

be  found  as  an  anion.  Its  electron  configuration  ([Ne]3s  3p  )  is  two  electrons  short  of 
a  noble-gas  configuration.  Thus,  we  expect  that  sulfur  tends  to  form  S  ions,  (c)  Alu- 

minum is  a  metal  in  group  3A.  We  therefore  expect  it  to  form  Al  ions. 
Check:  The  ionic  charges  we  predict  here  are  confirmed  in  Tables  2.4  and  2.t 

■■  PRACTICE  EXERCISE 

Predict  the  charges  on  the  ions  formed  when  magnesium  reacts  with  nitrogen. 

Answer:  Mg2'  and  l\P 

<M  ACTIVITY Ion  Electron  Configurations 

Transition-Metal  Ions 

Because  ionization  energies  increase  rapidly  for  each  successive  electron  re- 
moved, the  lattice  energies  of  ionic  compounds  are  generally  large  enough  to 

compensate  for  the  loss  of  up  to  only  three  electrons  from  atoms.  Thus,  we  find 

cations  with  charges  of  1  +,  2  +  ,  or  3+  in  ionic  compounds.  Most  transition  met- 
als, however,  have  more  than  three  electrons  beyond  a  noble-gas  core.  Silver, 

for  example,  has  a  [Kr]4d  5s  electron  configuration.  Metals  of  group  I  B  (Cu, 

Ag,  Au)  often  occur  as  I  +  ions  (as  in  CuBr  and  AgCI).  In  forming  Ag  !,  the  5s 
electron  is  lost,  leav  ing  a  completely  filled  Ad  subshell.  As  in  this  example,  tran- 

sition metals  generally  do  not  form  ions  that  have  a  noble-gas  configuration. 
The  octet  rule,  although  useful,  is  clearly  limited  in  scope. 

Recall  from  our  discussion  in  Section  7.4  that  when  a  positive  ion  is  formed 
from  an  atom,  electrons  are  always  lost  first  from  the  subshell  having  the  largest 

value  of ;/.  Thus,  in  forming  ions,  transition  metals  lose  the  valence-shell  s  electrons  first, 

then  us  many  d  electrons  as  are  required  to  reach  the  charge  of  the  ion.  Pet's  consider  Fe, 
which  has  the  electron  configuration  [Ar]3rf  4s  .  In  forming  the  Fe2'  ion,  the  two 
4s  electrons  are  lost,  leading  to  an  [Ar]3(/h  configuration.  Removal  of  an  addition- 

al electron  gives  the  Fe    ion,  w  hose  electron  configuration  is  [Ar]3tr . 
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Calculation  of  Lattice  Energies:  The  Born-Haber  Cycle 

attice  energy  is  a  useful  concept  because  it  relates  directly 
tlie  stability  of  an  ionic  solid.  Unfortunately,  the  lattice 

energy  cannot  be  determined  directly  by  experiment.  It  can, 
however,  be  calculated  by  envisioning  the  formation  of  an 

ionic  compound  as  occurring  in  a  series  of  well-defined  steps. 

We  can  then  use  Hess's  law  (Section  5.f>)  to  put  these  steps  to- 
gether in  a  way  that  gives  us  the  lattice  energy  for  the  com- 

pound. Bv  so  doing,  we  construct  a  Born-Haber  cycle,  a 
thermochemical  cycle  named  after  the  German  scientists  Max 

Born  (1882- 1970)  and  Fritz  Haber  (1868-1934),  who  intro- 
duced it  to  analyze  the  factors  contributing  to  the  stability  of 

ionic  compounds. 

In  the  Born-Haber  cycle  for  NaCI,  we  consider  the  forma- 
tion of  NaCl(s)  from  the  elements  Na(s)  and  Chfx)  by  two  dif- 

ferent routes,  as  shown  in  Figure  8.4  ►.  The  enthalpy  change 
for  the  direct  route  (red  arrow)  is  the  heat  of  formation  of 
NaCl(s): 

the  sum  ol  the  five  steps  in  the  indirect  path  gives  us 

NaCI(s)  from  Na(s)  and  iChf.s')  Thus,  from  Hess's  low  we 
know  that  the  sum  of  the  enthalpy  changes  for  these  five  steps 
equals  that  for  the  direct  path,  indicated  by  the  red  arrow, 

Equation  8.5: 
AH?[NaCI(s)]  =  A//;[Na(x)l  +  AH?[Cl(g)] 

+  /,(Na)  +  £(C1)  -  AH,attice 

411  kj  -  108  k|  1  122  kj  f  49b  kj  -  349  kj  -  AH|attice 

Solving  for  Af/UtRr: 

AH,attice  =  108  kj 

-  788  kj 
122  kj  4  4%  kj  -  .349  kj  ̂ 411  kj 

Thus,  the  lattice  energy  of  NaCI  is  788  kj/mol. 
Related  Exercises:  8.2b,  8.27,  and  8.28 

Na(s)  +  I  Cl2(g)   »  NaCI(s) 

AH?[NaCl(s)]  =  -411  kj 

The  indirect  route  consists  ot  five  steps,  shown  by  the 
green  arrows  in  Figure  8.4.  First,  we  generate  gaseous  atoms 
of  sodium  by  vaporizing  sodium  metal.  Then  we  form 
gaseous  atoms  of  chlorine  by  breaking  the  bonds  in  the  Ch 

molecules.  The  enthalpy  changes  for  these  processes  are  avail- 
able to  us  as  enthalpies  of  formation  (Appendix  C): 

Na(s) 

'  CI2(X) 
Na(x)       AH°[Na(g)]  =  108  kj  [8.6] 
Cl(g) 

AH°f[C\(g)]  =  122  kj  [8. 

Both  of  these  processes  are  endothermic;  energy  is  required  to 
generate  gaseous  sodium  and  chlorine  atoms. 

In  the  next  two  steps  we  remove  the  electron  from  Na(y) 
to  form  Na  (g)  and  then  add  the  electron  to  Cl(g)  to  form 

C  1  (;s>).  I  he  enthalpy  changes  for  these  processes  equal  the 
first  ionization  energy  of  Na,  /[(Na),  and  the  electron  affinity 
ot  CI,  denoted  £(C1),  respectively: 

Na(x) 

cite) 

Na'(x) 
CI  (?) 

AH 

Ml MNa) 

E(C1)  - 

49b  kj  [8.8] 

-349  k|  [8.4] 

Finally,  we  combine  the  gaseous  sodium  and  chloride 
ions  to  fo  n  solid  sodium  chloride.  Because  this  process  is  just 
the  reverse  >  >t  the  lattice  energy  (breaking  a  solid  into  gaseous 
ions),  the  enthalpy  change  is  the  negative  of  the  lattice  energy, 
the  quantity  thai  we  want  to  determine: 

•>  (.<s')  +  CI  (g)  - 
AH 

NaCI(s) 

AHK,Ukt. 
[8.10] 

Na+(g)+e  +  C\(g) 

/,(Na) 

-  AH[Cl(x)] 

E(C1) 

y    \a "(,?)+ CP  (,?) 
A 

Na(g)  +  Cl(g) 

Na(g)  +  \  Cl2(g) 

AH-[N^:Na(s)+  ±Cl2(g) 

AH,  [NaC!(s)] 

NaCl(s 

U 
z 

▲  Figure  8.4   The  Born-Haber  cycle.  This  representation  shows  the 
energetic  relationships  in  the  formation  of  ionic  solids  from  the  elements. 

By  Hess's  law,  the  enthalpy  of  formation  of  NaCI(s)  from  elemental  sodium 
and  chlorine  (Equation  8.5)  is  equal  to  the  sum  of  the  energies  of  several 
individual  steps  (Equations  8.6  through  8.10). 
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Q    GIVE  IT  SOME  THOUGHT 

Which  element  forms  a  1  f  ion  that  has  the  electron  configuration  [Kr]4c/8? 

Polyatomic  Ions 

Let's  now  briefly  reconsider  Tables  2.4  and  2.5,  which  list  the  common  ions. 
■  Several  cations  and  many  common  anions  are  polyatomic.  Ex- 

amples include  the  ammonium  ion,  \H4  ,  and  the  carbonate  ion,  CO3  .  In 

polyatomic  ions,  two  or  more  atoms  are  bound  together  bv  predominantly  co- 
valent bonds.  They  form  a  stable  grouping  that  carries  a  charge,  either  positive 

or  negative.  We  will  examine  the  covalent  bonding  forces  in  these  ions  in 

Chapter  9.  For  now,  tin-  only  thing  you  need  to  understand  about  any  poly- 
atomic ion  is  that  the  group  of  atoms  as  a  whole  acts  as  a  charged  species  when 

the  ion  forms  an  ionic  compound  with  an  ion  of  opposite  charge. 

8.3  I  Covalent  Bonding 

Ionic  substances  possess  several  characteristic  properties.  They  are  usually  brit- 
tle substances  with  high  melting  points.  They  are  usually  crystalline,  meaning 

that  the  solids  have  flat  surfaces  that  make  characteristic  angles  with  one  an- 
other. Ionic  crystals  often  can  be  cleaved;  that  is,  they  break  apart  along  smooth, 

flat  surfaces.  These  characteristics  result  from  electrostatic  forces  that  maintain 

the  ions  in  a  rigid,  well-defined,  three-dimensional  arrangement  such  as  that 
shown  in  Figure  8.3. 

The  vast  majority  of  chemical  substances  do  not  have  the  characteristics  of 
ionic  materials.  Most  of  the  substances  with  which  we  come  into  daily 

contact — such  as  water — tend  to  be  gases,  liquids,  or  solids  with  low  melting 
points.  Many,  such  as  gasoline,  vaporize  readily.  Many  are  pliable  in  their  solid 

forms — for  example,  plastic  bags  and  paraffin. 
For  the  very  large  class  ot  substances  that  do  not  behave  like  ionic  sub- 

stances, we  need  a  different  model  for  the  bonding  between  atoms.  G.  N.  Lewis 

reasoned  that  atoms  might  acquire  a  noble-gas  electron  configuration  by  shar- 
ing electrons  with  other  atoms.  As  we  noted  in  Section  8.1,  a  chemical  bond 

formed  by  sharing  a  pair  of  electrons  is  called  a  covalent  bond. 

The  hydrogen  molecule,  Fh,  pro\  ides  the  simplest  example  of  a  covalent 

bond.  When  two  hydrogen  atoms  are  close  to  each  other,  electrostatic  interac- 
tions occur  between  them.  The  two  positively  charged  nuclei  repel  each  other, 

the  two  negatively  charged  electrons  repel  each  other,  and  the  nuclei  and  elec- 
trons attract  each  other,  as  shown  in  Figure  8.5  ►.  Because  the  Fh  molecule  ex- 

ists as  a  stable  entity,  the  attractive  forces  must  exceed  the  repulsive  ones.  Why 
is  this  so? 

By  using  quantum  mechanical  methods  analogous  to  those  employed  for 
atoms  ,  it  is  possible  to  calculate  the  distribution  of  electron 
density  in  molecules.  Such  a  calculation  for  H:  shows  that  the  attractions 

between  the  nuclei  and  the  electrons  cause  electron  density  to  concentrate  be- 
tween the  nuclei,  as  shown  in  Figure  8.5(b).  As  a  result,  the  overall  electrostatic 

interactions  are  attractiv  e.  Thus,  the  atoms  in  FL  are  held  together  principally 
because  the  two  nuclei  are  electrostatically  attracted  to  the  concentration  of 

negative  charge  between  them.  In  essence,  the  shared  pair  of  electrons  in  any 

covalent  bond  acts  as  a  kind  of  "glue"  to  bind  atoms  together. 

ANIMATION 

H2  Bond  Formation 

Flection 

Attraction  t 

Repulsion 

\ ui  leus 

(b) 

▲  Figure  8.5   The  covalent  bond  in  H2. 
(a)  The  attractions  and  repulsions  among 
electrons  and  nuclei  in  the  hydrogen  molecule 
(b)  Electron  distribution  in  the  H,  molecule  The 
concentration  of  electron  density  between  th 
nuclei  leads  to  a  net  attractive  force  that 
constitutes  the  covalent  bond  holding  the 
molecule  together 
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9    GIVE  IT  SOME  THOUGHT 

Because  it  is  less  stable  than  two  separated  He  atoms,  the  He2  molecule  does  not 
exist.  What  are  the  attractive  forces  in  He2?  What  are  the  repulsive  forces  in  He2? 
Which  are  greater,  the  attractive  or  the  repulsive  forces? 

Lewis  Structures 

The  formation  of  covalent  bonds  can  be  represented  using  Lewis  symbols  for 
the  constituent  atoms.  I  he  formation  of  the  Hi  molecule  from  two  H  atoms,  for 

example,  can  be  represented  as 

H-  +  -H  »  H:ll 

In  this  way,  each  hydrogen  atom  acquires  a  second  electron,  achieving  the  sta- 
ble, two-electron,  noble-gas  electron  configuration  of  helium. 
The  formation  ot  a  bond  between  two  CI  atoms  to  give  a  CL  molecule  can 

be  represented  in  a  similar  way: 

:CI-  +  -CI:  >  :CI  :Q: 

Bv  sharing  the  bonding  electron  pair,  each  chlorine  atom  has  eight  electrons  (an 

octet)  in  its  valence  shell.  It  thus  achieves  the  noble-gas  electron  configuration 
of  argon. 

I  he  structures  shown  here  for  FL  and  CL  are  called  Lewis  structures  (or 

Lewis  electron-dot  structures).  In  writing  Lewis  structures,  we  usually  show 
each  electron  pair  shared  between  atoms  as  a  line  and  the  unshared  electron 
pairs  as  dots.  Written  this  way,  the  Lewis  structures  for  FL  and  CL  are 

H— H         :C1— CI: 

For  the  nonmetals,  the  number  of  valence  electrons  in  a  neutral  atom  is  the 

same  as  the  group  number.  Therefore,  one  might  predict  that  7  A  elements,  such 
as  F,  would  form  one  covalent  bond  to  achieve  an  octet;  6A  elements,  such  as  O, 

would  form  two  covalent  bonds;  5A  elements,  such  as  N,  would  form  three  co- 
valent bonds;  and  4 A  elements,  such  as  C,  would  form  four  covalent  bonds. 

These  predictions  are  borne  out  in  many  compounds.  For  example,  consider 

the  simple  hydrogen  compounds  of  the  nonmetals  of  the  second  row  of  the  pe- 
riodic table: 

1 1 

H— R       H— 6:       H — N — H       H— C— H 

H  H  H 

Thus,  the  Lewis  model  succeeds  in  accounting  for  the  compositions  of  many 
compounds  of  nonmetals,  in  which  covalent  bonding  predominates. 

H  SAMPLE  EXERCISE  8.3  |  Lewis  Structure  of  a  Compound 

Given  the  Lewis  symbols  for  the  elements  nitrogen  and  fluorine  shown  in  Table  8.1, 
predict  the  formula  of  the  stable  binary  compound  (a  compound  composed  of  two  el- 

ements) formed  when  nitrogen  reacts  with  fluorine,  and  draw  its  Lewis  structure. 

Solution 
Analyze:  The  Lewis  symbols  for  nitrogen  and  fluorine  reveal  that  nitrogen  has  five 
valence  electrons  and  fluorine  has  seven. 
Plan:  We  need  to  find  a  combination  of  the  two  elements  that  results  in  an  octet  of 
electrons  around  each  atom  in  the  compound.  Nitrogen  requires  three  additional 



electrons  to  complete  its  octet,  whereas  fluorine  requires  but  one.  Sharing  a  pair 
of  electrons  between  one  N  atom  and  one  F  atom  will  result  in  an  octet  of  electrons 
for  fluorine  but  not  for  nitrogen.  We  therefore  need  to  figure  out  a  wav  to  get  two 
more  electrons  for  the  N  atom. 
Solve:  Nitrogen  must  share  a  pair  of  electrons  with  three  fluorine  atoms  to  complete 
its  octet.  Thus,  the  Lewis  structure  for  the  resulting  compound,  NF-,,  is 

:'F:N:R   >    :F— N— F: ":'F:" 
:F: 

Check:  The  Lewis  structure  on  the  left  shows  that  each  atom  is  surrounded  by  an 
octet  of  electrons.  Once  you  are  accustomed  to  thinking  of  each  line  in  a  Lewis  struc- 

ture as  representing  two  electrons,  you  can  just  as  easily  use  the  structure  on  the  right 
to  check  for  octets. 

HH  PRACTICE  EXERCISE 

Compare  the  Lewis  symbol  for  neon  with  the  Lewis  structure  for  methane,  CH4.  In 
what  important  wav  are  the  electron  arrangements  about  neon  and  carbon  alike? 
In  what  important  respect  are  they  different? 
Answer:  Both  atoms  have  an  octet  of  electrons  about  them.  However,  the  electrons 
about  neon  are  unshared  electron  pairs,  whereas  those  about  carbon  are  shared  with 
four  hydrogen  atoms. 

Multiple  Bonds 

The  sharing  of  a  pair  of  electrons  constitutes  a  single  covalent  bond,  generally 
referred  to  simply  as  a  single  bond.  In  many  molecules,  atoms  attain  complete 

'  octets  by  sharing  more  than  one  pair  of  electrons.  When  two  electron  pairs  are 
shared,  two  lines  are  drawn,  representing  a  double  bond.  In  carbon  dioxide,  for 

example,  bonding  occurs  between  carbon,  with  tour  valence  electrons,  and  oxy- 
gen, with  six: 

:6:  +  -6  +  :6:  >Q::C::Q      (or  0=C=0) 

As  the  diagram  shows,  each  oxygen  acquires  an  octet  of  electrons  by  sharing 
two  electron  pairs  with  carbon.  Carbon,  on  the  other  hand,  acquires  an  octet  of 
electrons  by  sharing  two  pairs  with  two  oxygen  atoms. 

A  triple  bond  corresponds  to  the  sharing  of  three  pairs  of  electrons,  such  as 
in  the  Nt  molecule: 

:N-  +  -N:  »  :N:::N:  (or:N=N:) 

Because  each  nitrogen  atom  possesses  five  electrons  in  its  valence  shell,  three 
electron  pairs  must  be  shared  to  achieve  the  octet  configuration. 

The  properties  of  Nt  are  in  complete  accord  with  its  Lewis  structure.  Nitro- 
gen is  a  diatomic  gas  with  exceptionally  low  reactivity  that  results  from  the 

very  stable  nitrogen-nitrogen  bond.  Study  of  the  structure  of  N2  reveals  that 

the  nitrogen  atoms  are  separated  by  only  1.10  A.  The  short  N  —  N  bond  dis- 
tance is  a  result  of  the  triple  bond  between  the  atoms.  From  structure  studies  of 

many  different  substances  in  which  nitrogen  atoms  share  one  or  two  electron 

pairs,  we  have  learned  that  the  average  distance  between  bonded  nitrogen 
atoms  varies  with  the  number  of  shared  electron  pairs: 

N  —  N  N  =  N  N  =  N 
1.47  A        1.24A  l.lOA 

As  a  general  rule,  the  distance  between  bonded  atoms  decreases  as  the 
number  of  shared  electron  pairs  increases.  The  distance  between  the  nuclei  of 
the  atoms  involved  in  a  bond  is  called  the  bond  length  for  the  bond.  We  firs! 
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encountered  bond  lengths  in  Section  7.3  in  our  discussion  of  atomic  radii,  and 
we  will  discuss  them  further  in  Section  8.8. 

Q    GIVE  IT  SOME  THOUGHT 

The  C  O  bond  length  in  carbon  monoxide,  CO,  is  1.13  A,  whereas  the  C  O  bond 
length  in  C02  is  1 .24  A.  Without  drawing  a  Lewis  structure,  do  you  think  that  carbon 
monoxide  has  a  single,  double,  or  triple  bond  between  the  C  and  0  atoms? 

8.4  |  Bond  Polarity  and  Electronegativity 

When  two  identical  atoms  bond,  as  in  CL  or  N2,  the  electron  pairs  must  be 
shared  equally.  In  ionic  compounds,  on  the  other  hand,  such  as  NaCI,  there  is 
essentially  no  sharing  of  electrons,  which  means  that  NaCI  is  best  described  as 

composed  of  Naf  and  CI  ions.  The  3s  electron  of  the  Na  atom  is,  in  effect, 
transferred  completely  to  chlorine.  The  bonds  occurring  in  most  covalent  sub- 

stances fall  somewhere  between  these  extremes. 

The  concept  of  bond  polarity  helps  describe  the  sharing  of  electrons  be- 
animation  tween  atoms.  A  nonpolar  covalent  bond  is  one  in  which  the  electrons  are 
Periodic  Trends:  Electronegativity  shared  equally  between  two  atoms,  as  in  the  Cl2  and  N2  examples  we  just  cited. 

In  a  polar  covalent  bond,  one  of  the  atoms  exerts  a  greater  attraction  for  the 
bonding  electrons  than  the  other.  If  the  difference  in  relative  ability  to  attract 
electrons  is  large  enough,  an  ionic  bond  is  formed. 

T  Figure  8.6  Electronegativities  of  the 
elements.  Electronegativity  generally  increases 
from  left  to  right  across  a  period  and  decreases 
from  top  to  bottom  down  a  group. 

Electronegativity 

We  use  a  quantity  called  electronegativity  to  estimate  whether  a  given  bond 
will  be  nonpolar  covalent,  polar  covalent,  or  ionic.  Electronegativity  is  defined 
as  the  ability  of  an  atom  in  a  molecule  to  attract  electrons  to  itself.  The  greater  an 

atom's  electronegativity,  the  greater  is  its  ability  to  attract  electrons  to  itself.  The 
electronegativity  of  an  atom  in  a  molecule  is  related  to  its  ionization  energy  and 
electron  affinity,  which  are  properties  of  isolated  atoms.  The  ionization  energy 

measures  how  strongly  an  atom  holds  on  to  its  electrons. 

Likewise,  the  electron  affinity  is  a  measure  of  how  strongly  an  atom  at- 
tracts additional  electrons.  An  atom  with  a  very 

negative  electron  affinity  and  high  ionization  energy  will  both 

attract  electrons  from  other  atoms  and  resist  having  its  elec- 
trons attracted  away;  it  will  be  highly  electronegative. 
Numerical  estimates  of  electronegativity  can 
be  based  on  a  variety  of  properties,  not  just 

ionization  energy  and  electron  affinity. 

The  first  and  most  widely  used  elec- 
tronegativity scale  was  developed  by 

the  American  chemist  Linus  Pauling 

(1901-1994),  who  based  his  scale  on 

thermochemical   data.   Figure  S.h  -4 
shows    Pauling's  electronegativity 
values  for  many  of  the  elements. 
The  values  are  unitless.  Fluorine,  the 

most  electronegative  element,  has  an 

electronegativity  of  4.0.  The  least 
electronegative  element,  cesium,  has 

an  electronegativity  of  0.7.  The  val- 
ues for  all  other  elements  lie  between 

these  two  extremes. 
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Within  each  period  there  is  generally  a  steady  increase  in  electronegativity 

from  left  to  right;  that  is,  from  the  most  metallic  to  the  most  nonmetallic  ele- 
ments. With  some  exceptions  (especially  w  ithin  the  transition  metals),  elec- 

tronegativity decreases  with  increasing  atomic  number  in  any  one  group.  This 

is  what  we  might  expect  because  we  know  that  ionization  energies  tend  to  de- 

crease with  increasing  atomic  number  in  a  group  and  electron  affinities  don't 
change  very  much.  You  do  not  need  to  memorize  numerical  values  for  elec- 

tronegativity. Instead,  you  should  know  the  periodic  trends  so  that  vou  can  pre- 
dict which  of  two  elements  is  more  electronegative. 

Q    GIVE  IT  SOME  THOUGHT 

How  does  the  electronegativity  of  an  element  differ  from  its  electron  affinity! 

Electronegativity  and  Bond  Polarity 

We  can  use  the  difference  in  electronegativity  between  two  atoms  to  gauge  the 

polarity  of  the  bonding  between  them.  Consider  these  three  fluorine-containing 
compounds: 

Compound  Ft 

Electronegativity 
difference  4.0  -  4.0  =  0 

Type  of  bond  Nonpolar  covalent 

HF 

4.0  2.1  =  1.9 
Polar  covalent 

LiF 

4.0  1.0 
Ionic 

3.0 

In  Ft  the  electrons  are  shared  equally  between  the  fluorine  atoms,  and  thus 
the  covalent  bond  is  nonpolar.  In  general,  a  nonpolar  covalent  bond  results 
when  the  electronegativities  of  the  bonded  atoms  are  equal. 

In  HF  the  fluorine  atom  has  a  greater  electronegativity  than  the  hydrogen 

atom,  with  the  result  that  the  sharing  of  electrons  is  unequal — the  bond  is  polar. 
In  general,  a  polar  covalent  bond  results  w  hen  the  atoms  differ  in  electronega- 

tivity. In  HF  the  more  electronegative  fluorine  atom  attracts  electron  density 
away  from  the  less  electronegative  hydrogen  atom,  leaving  a  partial  positive 
charge  on  the  hydrogen  atom  and  a  partial  negative  charge  on  the  fluorine 
atom.  We  can  represent  this  charge  distribution  as 

symbolize  the  partial The  8  +  and  8-  (read  "delta  plus"  and  "delta  minus' 
positive  and  negative  charges,  respectively. 

In  LiF  the  electronegativity  difference  is  very  large,  meaning  that  the  elec- 
tron density  is  shifted  far  toward  F.  In  the  three-dimensional  structure  of  LiF, 

analogous  to  that  shown  for  NaCI  in  Figure  8.3,  the  transfer  of  electronic  charge 
from  Li  to  F  is  essentially  complete.  The  resultant  bond  is  therefore  ionic.  This 
shift  of  electron  density  toward  the  more  electronegativ  e  atom  can  be  seen  in 
the  results  of  calculations  of  electron  density  distributions.  For  the  three  species 
in  our  example,  the  calculated  electron  density  distributions  are  shown  in 
Figure  8.7  ►.  The  regions 

of  space  that  have  rela- 
tively higher  electron 

density  are  shown  in  red, 
and  those  with  a  relative- 

ly lower  electron  density 
are  shown  in  blue.  You 

can  see  that  in  F2  the  dis- 
tribution is  symmetrical, 

in  HF  it  is  clearly  shifted  I  .  HF 

nj  ACTIVITY 
^    Electronegativity  Differences  and  Bond  Types 

T  Figure  8.7   Electron  density 
distribution.  This  computer-generated 
rendering  shows  the  calculated  electron-density 
distribution  on  the  surface  of  the  F2,  HF,  and  LiF 
molecules.  The  regions  of  relatively  low  electron 
density  (net  positive  charge)  appear  blue,  those 
of  relatively  high  electron  density  (net  negative 
charge)  appear  red,  and  regions  that  are  close  to 
electrically  neutral  appear  green. 
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toward  fluorine,  and  in  LiF  the  shift  is  even  greater/  I  hese  examples  illustrate, 

therefore,  that  the  greater  the  difference  in  electronegativity  between  two  atoms,  the 
more  polar  their  bond.  The  nonpolar  covalent  bond  lies  at  one  end  of  a  continuum 
of  bond  types,  and  the  ionic  bond  lies  at  the  other  end.  In  between  is  a  broad 

range  of  polar  covalent  bonds,  differing  in  the  extent  to  which  there  is  unequal 
sharing  of  electrons. 

Q    GIVE  IT  SOME  THOUGHT 

The  difference  in  the  electronegativity  of  two  elements  is  0.7.  Would  you  expect  a 
bond  between  these  elements  to  be  nonpolar,  polar  covalent,  or  ionic? 

■i  SAMPLE  EXERCISE  8.4  |  Bond  Polarity 

In  each  case,  which  bond  is  more  polar:  (a)  B  —  CI  or  C  —  CI,  (b)  P  —  F  or  P  —  CI?  In- 
dicate in  each  case  which  atom  has  the  partial  negative  charge. 

Solution 

Analyze:  We  are  asked  to  determine  relative  bond  polarities,  given  nothing  but  the 
atoms  invok  ed  in  the  bonds. 
Plan:  We  need  to  know  electronegativity  values  for  all  the  atoms  involved,  which  we 
can  get  from  Figure  8.6.  Alternatively,  because  we  are  not  asked  for  quantitative  an- 

swers, we  can  use  the  periodic  table  and  our  knowledge  of  electron-affinity  trends  to 
answer  the  question. 
Solve:  (a)  Using  Figure  8.6:  The  difference  in  the  electronegativities  of  chlorine  and 
boron  is  3.0  -  2.0  =  1.0;  the  difference  between  chlorine  and  carbon  is 
3.0  -  2.5  =  0.5.  Consequently,  the  B  —  CI  bond  is  more  polar;  the  chlorine  atom  car- 

ries the  partial  negative  charge  because  it  has  a  higher  electronegativity. 
Using  the  periodic  table:  Because  boron  is  to  the  left  of  carbon  in  the  periodic 

table,  we  predict  that  boron  has  the  lower  electronegativity.  Chlorine,  being  on  the 
right  side  of  the  table,  has  a  higher  electronegativity.  The  more  polar  bond  will  be  the 
one  between  the  atoms  having  the  lowest  electronegativity  (boron)  and  the  highest 
electronegativity  (chlorine). 

(b)  The  electronegativities  are  P  =  2.1,  F  =  4.0,  CI  =  3.0.  Consequently,  the 
P  —  F  bond  will  be  more  polar  than  the  P  —  CI  bond.  You  should  compare  the  elec- 

tronegativity differences  for  the  two  bonds  to  verify  this  prediction.  The  fluorine 
atom  carries  the  partial  negative  charge.  We  reach  the  same  conclusion  by  noting  that 
fluorine  is  above  chlorine  in  the  periodic  table,  and  so  fluorine  should  be  more  elec- 

tronegative and  will  form  the  more  polar  bond  with  P. 

■1  PRACTICE  EXERCISE 

Which  of  the  following  bonds  is  most  polar:  S  —  CI,  S  —  Br,  Se  —  CI,  Se  —  Br? 
Answer:  Se  —  CI 

Dipole  Moments 

The  difference  in  electronegativity  between  H  and  F  leads  to  a  polar  covalent 
bond  in  the  HF  molecule.  As  a  consequence,  there  is  a  concentration  of  negative 
charge  on  the  more  electronegative  F  atom,  leaving  the  less  electronegative  H 
atom  at  the  positiv  e  end  of  the  molecule.  A  molecule  such  as  HF,  in  which  the 

centers  of  positive  and  negative  charge  do  not  coincide,  is  said  to  be  a  polar 
molecule.  Thus,  we  describe  not  only  bonds  as  being  polar  and  nonpolar  but 
also  entire  molecules. 

We  can  indicate  the  polarity  of  the  HF  molecule  in  two  ways: 

6+      S-  •  » H— F       or       H  — F 

ACTIVITY 
Molecular  Polarity 

'  the  calculated  electron  density  distribution  for  LiF  is  for  an  isolated  LiF  "molecule,"  not  the  ionic solid.  While  the  bond  in  this  isolated  diatomic  system  is  very  polar,  it  is  not  100%  ionic,  as  is  the 
bonding  in  solid  lithium  fluoride.  I  he  solid  state  promotes  a  more  complete  electron  transfer  from 
I  i  to  F  because  of  the  stabilizing  effects  of  the  ionic  lattice. 
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Recall  from  the  preceding  subsection  that  "8+"  and  "8— "  indicate  the  partial 
positive  and  negative  charges  on  the  H  and  F  atoms.  In  the  notation  on  the 
right,  the  arrow  denotes  the  shift  in  electron  density  toward  the  fluorine  atom. 
The  crossed  end  of  the  arrow  can  be  thought  of  as  a  plus  sign  that  designates 
the  positive  end  of  the  molecule. 

Polarity  helps  determine  many  of  the  properties  of  substances  that  we  ob- 
serve at  the  macroscopic  level,  in  the  laboratory  and  in  everyday  life.  Polar  mol- 

ecules align  themselves  with  respect  to  one  another,  with  the  negative  end  ot 

one  molecule  and  the  positiv  e  end  of  another  attracting  each  other.  Polar  mole- 
cules are  likewise  attracted  to  ions.  The  negative  end  of  a  polar  molecule  is  at- 

tracted to  a  positive  ion,  and  the  positive  end  is  attracted  to  a  negative  ion. 
These  interactions  account  tor  many  properties  of  liquids,  solids,  and  solutions, 

as  you  will  see  in  Chapters  11,  12,  and  1  3. 
How  can  we  quantify  the  polarity  of  a  molecule?  Whenev  er  two  electrical 

charges  of  equal  magnitude  but  opposite  sign  are  separated  by  a  distance,  a 
dipole  is  established.  The  quantitative  measure  of  the  magnitude  of  a  dipole  is 

called  its  dipole  moment,  denoted  \x.  It  two  equal  and  opposite  charges  Q  + 

and  Q—  are  separated  by  a  distance  r,  the  magnitude  of  the  dipole  moment  is 
the  product  of  Q  and  r  (Figure  8.8  ►  ): 

M  =  Qr 

[8.11 
The  dipole  moment  increases  as  the  magnitude  of  charge  that  is  separated  in- 

creases and  as  the  distance  between  the  charges  increases.  For  a  nonpolar  mole- 
cule, such  as  Ft,  the  dipole  moment  is  zero  because  there  is  no  charge  separation. 

Q GIVE  IT  SOME  THOUGHT 

The  molecules  chlorine  monofluoride,  ClF,  and  iodine  monofluoride,  IF,  are  examples 

of  interhalogen  compounds-compounds  that  contain  bonds  between  different 
halogen  elements.  Which  of  these  molecules  will  have  the  larger  dipole  moment? Q-

 

Q 

▲  Figure  8.8   Dipole  and  dipole  moment. 
When  charges  ot  equal  magnitude  and  opposite 
sign  Q  *  and  Q    are  separated  by  a  distance  r,  a 
dipole  is  produced.  The  size  of  the  dipole  is  given 
by  the  dipole  moment,  /t,  which  is  the  product  of 
the  charge  separated  and  the  distance  of 
separation  between  the  charge  centers:  n  =  Qr. 

Dipole  moments  are  usually  reported  in  debyes  (D),  a  unit  that  equals 

3.34  X  10~30  coulomb-meters  (C-m).  For  molecules,  we  usually  measure  charge 
in  units  of  the  electronic  charge  e,  1.60  x  10  C,  and  distance  in  units  of 

angstroms.  Suppose  that  two  charges  1  +  and  1  -  (in  units  off)  are  separated  by 
a  distance  of  1.00  A.  The  dipole  moment  produced  is 

fj.  =  Qr  =  (1.60  x  10  ,L,C)(1.00  A) 

in 

10 m 

1  A 

1  D 

3.34  x  10  30  C-m 

=  4.74  D 

Measurement  of  the  dipole  moments  can  provide  us  with  valuable  information 
about  the  charge  distributions  in  molecules,  as  illustrated  in  Sample  Exercise  S3. 

B  SAMPLE  EXERCISE  8.5  |  Dipole  Moments  of  Diatomic  Molecules 

The  bond  length  in  the  HCI  molecule  is  1.27  A.  (a)  Calculate  the  dipole  moment,  in  debyes,  that  would  result  if  the  charges  on  the 

H  and  CI  atoms  were  1  +  and  1— ,  respectively,  (b)  The  experimentally  measured  dipole  moment  of  I IC1Q?)  is 
nitude  of  charge,  in  units  of  r,  on  the  H  and  CI  atoms  would  lead  to  this  dipole  moment? 

.08  I).  What  mag- 

Solution 

Analyze  and  Plan:  We  are  asked  in  (a)  to  calculate  the  dipole  moment  of  HO  that  would  result  if  there  was  a  full  chargi 
ferred  from  H  to  CI.  We  can  use  Equation  S.  1  ]  to  obtain  this  result.  In  (b),  we  are  given  the  actual  dipole  moment  for  the  i 
and  will  use  that  value  to  calculate  the  actual  partial  charges  on  the  H  and  CI  atoms. 

Solve:  (a)  The  charge  on  each 

atom  is  the  electronic  charge,  e  - 
1.60  X  10"WC.  The  separation  is 1.27  A.  The  dipole  moment  is  therefore H  =  Qr=  (1.60  x  10  11  C)(  1.27  A) 

III  '"m 
l  A 

i ) 
3.34  x  10  30  C-m 

6.08  D 
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(b)  We  know  the  value  of  /x,  1.08  I),  /  3  34  x  10~30C-m and  the  value  of  r,  1.27  A,  and  we  (1.08  D 

want  to  calculate  the  value  of  Q:  q  =  —  =  I  =  2  84  x  10~20C 

(1.27  A)^— 

Weucan  readily  convert  this  charge  Chargcint.  =  (2.84  x  l0^C)^_^  ,  -_  0,78, 

Thus,  the  experimental  dipole  mo- 
ment indicates  that  the  charge  sepa-  0.178-t  0.178- 

ration  in  the  HC1  molecule  is  H      -  CI 

Because  the  experimental  dipole  moment  is  less  than  that  calculated  in  part  (a),  the  charges  on  the  atoms  are  less  than  a  full  elec- 
tronic charge.  We  could  have  anticipated  this  because  the  H  — CI  bond  is  polar  covalent  rather  than  ionic. 

■1  PRACTICE  EXERCISE 

The  dipole  moment  of  chlorine  monofluoride,  ClF(g),  is  0.88  D.  The  bond  length  of  the  molecule  is  1.63  A.  (a)  Which  atom  is  ex- 
pected to  have  the  partial  negativ  e  charge?  (b)  What  is  the  charge  on  that  atom,  in  units  of  el 

Answers:  (a)  F,  (b)  0. 1 1  - 

TABLE  8.3    Bond  Lengths,  Electronegativity  Differences, 
and  Dipole  Moments  of  the  Hydrogen  Halides 

Compound 

Bond 

Length  (A) 
Electronegativity 
Difference Dipole Moment  (D) 

HF 0.92 1.9 1.82 
HC1 1.27 

0.9 
1.08 

HBr 1.41 0.7 0.S2 
HI 1.61 0.4 0.44 

Table  8.3  <  presents  the  bond  lengths  and  dipole 
moments  of  the  hydrogen  halides.  Notice  that  as  we 

proceed  from  HF  to  HI,  the  electronegativity  differ- 
ence decreases  and  the  bond  length  increases.  The 

first  effect  decreases  the  amount  of  charge  separated 

and  causes  the  dipole  moment  to  decrease  from  HF  to 
HI,  even  though  the  bond  length  is  increasing.  We  can 

"observe"  the  varying  degree  of  electronic  charge 
shift  in  these  substances  from  computer-generated 

renderings  based  on  calculations  of  electron  distribu- 
tion, as  shown  in  Figure  8.9  ▼.  For  these  molecules,  the  change  in  the  elec- 

tronegativity difference  has  a  greater  effect  on  the  dipole  moment  than  does  the 
change  in  bond  length. 

9 GIVE 
rHOUGHT 

How  do  you  interpret  the  fact  that  there  is  no  red  in  the  HBr  and  HI  representations 
in  Figure  8.9? 

HCI 
HBr II! 

▲  Figure  8.9   Charge  separation  in  the  hydrogen  halides.  Blue  represents  regions  of  lowest  electron  density,  red  regions  of  highest  electron 
den  ity  In  HF  Hi       r.yjy  electronegative  F  pulls  much  of  the  electron  density  away  from  H.  In  HI  the  I,  being  much  less  electronegative  than  F,  does  not 
attract  the  shared  electrons  as  strongly,  and  consequently  there  is  far  less  polarization  of  the  bond. 
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Bond  Types  and  Nomenclature 

This  is  a  good  point  for  a  brief  interlude  about  nomenclature.  We  saw  in 
Section  2.8  that  there  are  two  general  approaches  to  naming  binary  compounds: 

one  used  for  ionic  compounds  and  the  other  lor  molecular  ones.  In  both  ap- 
proaches, the  name  of  the  less  electronegative  element  is  given  first.  The  name 

of  the  more  electronegativ  e  element  then  follows,  modified  to  have  an  -ide  end- 
ing. Compounds  that  are  ionic  are  given  names  based  on  their  component  ions, 

including  the  charge  of  the  cation  if  that  charge  is  variable.  Those  that  are  mol- 
ecular are  named  using  the  prefixes  listed  in  lable  2.6  to  indicate  the  number  of 

atoms  of  each  kind  in  the  substance  (except  w  hen  there  is  only  one  atom,  in 

which  case  the  prefix  mono-  is  frequently  not  used): 
Ionic  Molecular 

MgH2  Magnesium  hydride  H2S       Dihydrogen  sulfide 

FeF2  Iron(II)  fluoride  OI:2       Oxygen  difluoride 
MnoOn  Manganese(IIl)  oxide  C  l20-,     Dichlorine  trioxide 

The  div  iding  line  between  the  two  approaches,  however,  is  not  always  clear, 

and  both  approaches  are  often  applied  to  the  same  substances.  The  compound 
Ti02,  for  example,  which  is  a  commercially  important  white  paint  pigment,  is 

sometimes  referred  to  as  titanium(IV)  oxide  but  is  more  commonly  called  tita- 
nium dioxide.  The  roman  numeral  in  the  first  name  is  the  oxidation  number  of 

the  titanium. 

One  reason  for  the  overlap  in  the  two  approaches  to  nomenclature  is  that 

many  compounds  of  metals  with  higher  oxidation  numbers  have  properties  more 
similar  to  molecular  compounds  (which  contain  covalent  bonds)  than  to  ionic 

compounds  (which  contain  ionic  bonds).  Historically,  these  metal  compounds 
have  been  named  using  both  conventions  even  though  naming  them  as  molecular 

compounds  is  more  correct  based  on  their  properties.  For  example,  ionic  com- 
pounds are  solids  with  very  high  melting  points,  but  SnCL,  which  is  called  either 

tin  tetrachloride  or  tin(IV)  chloride,  is  a  colorless  liquid  that  freezes  at  -33°C  and 
boils  at  114  C.  As  another  example,  the  compound  Mn207,  which  is  called  either 
dimanganese  heptoxide  or  manganese(VII)  oxide,  is  a  green  liquid  that  freezes  at 

5.9°C.  In  short,  whenever  you  see  the  formula  of  a  compound  containing  a  metal 
in  a  high  oxidation  state  (usually  above  +3),  you  should  not  be  surprised  if  it  ex- 

hibits the  general  properties  of  molecular,  rather  than  ionic,  compounds. 

GIVE  IT  SOME  THOUGHT 

The  compounds  Mo03  and  0s04  are  more  properly  named  molybdenum(VI)  oxide 
and  osmium  tetroxide,  respectively.  Which  of  these  compounds  do  you  think  has  the 
higher  melting  point? 

8.5  |  Drawing  Lewis  Structures  

Lewis  structures  can  help  us  understand  the  bonding  in  many  compounds  and 

are  frequently  used  when  discussing  the  properties  ot  molecules.  For  this  rea- 
son, drawing  Lewis  structures  is  an  important  skill  that  you  should  practice.  To 

do  so,  you  should  follow  a  regular  procedure,  f  irst  we'll  outline  the  procedure, 
and  then  we'll  go  through  several  examples. 
1.  Sum  the  valence  electron*  from  all  atom*.  (Use  the  periodic  table  as  necessary 

to  help  you  determine  the  number  of  valence  electrons  in  each  atom.)  For 
an  anion,  add  one  electron  to  the  total  for  each  negative  charge.  For  a 

cation,  subtract  one  electron  from  the  total  tor  each  positive  charge.  Don't 
worry  about  keeping  track  of  which  electrons  come  from  which  atoms. 
Only  the  total  number  is  important. 
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ACTIVITIES 
Writing  Lewis  Structures  I,  Writing  Lewis 
Structures  II 

4. 

3. 

Write  the  symbols  for  the  atoms  to  show  which  atoms  arc  attached  to  which,  and 

connect  them  with  a  single  bond  (a  dash,  representing  t~a>o  electrons).  Chemical 
formulas  are  often  written  in  the  order  in  which  the  atoms  are  connected  in 

the  molecule  or  ion;  the  formula  HCN,  for  example,  tells  you  that  the  carbon 
atom  is  bonded  to  the  H  and  to  the  N.  When  a  central  atom  has  a  group  of 
other  atoms  bonded  to  it,  the  central  atom  is  usualiy  written  first,  as  in 

C032~  and  Sr4 .  It  also  helps  to  remember  that  the  central  atom  is  generally 
less  electronegative  than  the  atoms  surrounding  it.  In  other  cases  you  may 
need  more  information  before  you  can  draw  the  Lewis  structure. 

Complete  the  octets  around  all  the  atoms  bonded  to  the  central  atom.  (Remember, 
however,  that  vou  use  onlv  a  single  pair  of  electrons  around  hydrogen.) 

Place  any  leftover  electrons  on  the  central  atom,  even  if  doing  so  results  in 
more  than  an  octet  of  electrons  around  the  atom.  In  Section  8.7  we  will  dis- 

cuss molecules  that  don't  adhere  to  the  octet  rule. 
If  there  are  not  enough  electrons  to  give  the  central  atom  an  octet,  try  multiple 
bonds.  Use  one  or  more  of  the  unshared  pairs  of  electrons  on  the  atoms 
bonded  to  the  central  atom  to  form  double  or  triple  bonds. 

■■  SAMPLE  EXERCISE  8.6  |  Drawing  Lewis  Structures 

Draw  the  Lewis  structure  fur  phosphorus  trichloride,  PCL,. 

Solution 

Analyze  and  Plan  We  are  asked  to  draw  a  Lewis  structure  from  a  molecular  formula.  Our  plan  is  to  follow  the  five-step  proce- 
dure just  described. 

Solve:  First,  we  sum  the  valence 
electrons.  Phosphorus  (group  5A) 
has  five  valence  electrons,  and  each 
chlorine  (group  7A)  has  seven.  The 
total  number  of  valence  electrons  is 

therefore  5  +  (3  X  7)  =  26 

Second,  we  arrange  the  atoms  to 
show  which  atom  is  connected  to 
which,  and  we  draw  a  single  bond 
between  them.  There  are  various 
wavs  the  atoms  might  be  arranged. 

In  binary  (two-element)  com- 
pounds, however,  the  first  element 

listed  in  the  chemical  formula  is 

generalh  surrounded  b)  the  re- 
maining atoms.  Thus,  we  begin  with 

a  skeleton  structure  that  shows  a  Q — p — Q 
single  bond  between  the  phospho- 

rus atom  and  each  chlorine  atom:  CI 

(It  is  not  crucial  to  place  the  atoms  in 
exactly  this  arrangement.) 

Third,  we  complete  the  octets  on  the 
atoms  bonded  to  the  central  atom. 
Placing  octets  around  each  CI  atom 
accounts  lor  24  electrons  (remember,  -CI     P  CP 
each  line  in  our  structure  represents 
two  electrons): 

:CP 

Fourth,  we  place  the  remaining  two  -q  p*  q- 
electrons  on  the  central  atom,  com- 

pleting the  octet  around  it:  ;(  |: 

I  his  structure  gives  each  atom  ,  n  octet,  so  we  stop  at  this  point.  (Remember  that  in  achieving  an  octet,  the  bonding  electrons  are 
counted  for  both  atoms.) 



PRACTICE  EXERCISE 

(a)  I  low  many  valence  electrons  should  appear  in  the  Lewis  structure  for  CH^CL? 
(b)  Draw  the  Lewis  structure. 

I  I 

Answers:  (a)  20,  (b)  :c)— C— Cl: 
1 1 

Wm  SAMPLE  EXERCISE  8.7  |  Lewis  Structures  with  Multiple  Bonds 
Draw  the  Lewis  structure  for  HCN. 

Solution  I  lydrogen  has  one  valence  electron,  carbon  (group  4A)  lias  tour,  and  nitro- 
gen (group  5A)  has  five.  The  total  number  of  valence  electrons  is  therefore 

1  +  4  +  5  =  10.  In  principle,  there  are  different  ways  in  which  we  might  choose  to 
arrange  the  atoms.  Because  hydrogen  can  accommodate  only  one  electron  pair,  it  al- 

ways has  onlv  one  single  bond  associated  with  it  in  any  compound.  Therefore, 
C  —  H  —  N  is  an  impossible  arrangement.  The  remaining  two  possibilities  are 
H  —  C  —  N  and  H  —  N —  C.  The  first  is  the  arrangement  found  experimentally.  You 
might  have  guessed  this  to  be  the  atomic  arrangement  because  the  formula  is  written 
with  the  atoms  in  this  order.  Thus,  we  begin  with  a  skeleton  structure  that  shows  sin- 

gle bonds  between  hydrogen,  carbon,  and  nitrogen: 

H  — C  —  N 

These  two  bonds  account  for  four  electrons.  ||  we  then  place  the  remaining  six  elec- 
trons around  N  to  give  it  an  octet,  we  do  not  achieve  an  octet  on  C: 

H— C— N: 

We  therefore  try  a  double  bond  between  C  and  N,  using  one  of  the  unshared  pairs  of 
electrons  we  placed  on  N.  Again,  there  are  fewer  than  eight  ele<  trons  on  C,  and  so  we 
next  try  a  triple  bond.  This  structure  gives  an  octet  around  both  C  and  N: 

H-C-gj:   -    II— C  =  N: 

We  see  that  the  octet  rule  is  satisfied  for  the  C  and  \  atoms,  and  the  1 1  atom  has  two 
electrons  around  it,  so  this  appears  to  be  a  correct  Lewis  structure. 

■■  PRACTICE  EXERCISE 

Draw  the  Lewis  structure  tor  (a)  NiO   ion,  (b)  CAH4. 

H  H 

Answers:  (a)  [:N=0=]  ,  (b)  V=C 

H  VH 

■  SAMPLE  EXERCISE  8.8  |  Lewis  Structure  for  a  Polyatomic  Ion 
Draw  the  Lewis  structure  for  the  BrO^  ion. 

Solution  Bromine  (group  7/\)  has  seven  valence  electrons,  and  oxygen  (group  6A) 
has  six.  We  must  now  add  one  more  electron  to  our  sum  to  account  tor  the  1  -  charge 
of  the  ion.  The  total  number  of  v  alence  electrons  is  therefore  7  +  (3  <  6)  +  1  =  2d. 

For  owanions — BrO-,  ,  SO42  ,  NO-,  ,  CO-r  ,  and  so  forth — the  oxygen  atoms  sur- 
round the  central  nonmetal  atoms.  After  following  this  format  and  then  putting  in 

the  single  bonds  and  distributing  the  unshared  electron  pairs,  we  have 

:0— Bi — O: 

:0: 

Notice  here  and  elsewhere  that  the  Lewis  structure  for  an  ion  is  written  in  brackets 
with  the  charge  shown  outside  the  brackets  at  the  upper  right. 



320       Chapters     |     Basic  Concepts  of  Chemical  Bonding 

■■  PRACTICE  EXERCISE 

Draw  the  Lewis  structure  for  (a)  CIO2   ion,  (b)  PO4  ion. 

:0: 

Answers:  (a)  [:6— CI— O:]     (b)    :0— P— O: 

:0:  - ANIMATION 
Formal  Charges 

Formal  Charge 

When  we  draw  a  Lewis  structure,  we  are  describing  how  the  electrons  are  dis- 

tributed in  a  molecule  (or  polyatomic  ion).  In  some  instances  we  can  draw  sev  - 
eral different  Lewis  structures  that  all  obey  the  octet  rule.  How  do  we  decide 

which  one  is  the  most  reasonable?  One  approach  is  to  do  some  "bookkeeping" 
of  the  valence  electrons  to  determine  the  formal  charge  of  each  atom  in  each 
Lewis  structure.  The  formal  charge  of  any  atom  in  a  molecule  is  the  charge  the 

atom  would  have  if  all  the  atoms  in  the  molecule  had  the  same  electronegativi- 

ty (that  is,  if  each  bonding  electron  pair  in  the  molecule  were  shared  equally  be- 
tween its  two  atoms). 

To  calculate  the  formal  charge  on  any  atom  in  a  Lewis  structure,  we  assign 
the  electrons  to  the  atom  as  follows: 

1.  All  unshared  (nonbonding)  electrons  are  assigned  to  the  atom  on  which 

they  are  found. 

2.  For  any  bond — single,  double,  or  triple — half  of  the  bonding  electrons  are 
assigned  to  each  atom  in  the  bond. 

The  formal  charge  of  each  atom  is  then  calculated  by  subtracting  the  number  of 
electrons  assigned  to  the  atom  from  the  number  of  valence  electrons  in  the  isolated  atom. 

Let's  illustrate  this  procedure  by  calculating  the  formal  charges  on  the  C 
and  N  atoms  in  the  cyanide  ion,  CNF,  which  has  the  Lewis  structure 

[:C  =  N:F 
For  the  C  atom,  there  are  2  nonbonding  electrons  and  3  electrons  from  the  6  in 

the  triple  bond  (\  x  6  =  3),  for  a  total  of  5.  The  number  of  valence  electrons 
on  a  neutral  C  atom  is  4.  Thus,  the  formal  charge  on  C  is  4  -  5  =  -1.  For  N, 
there  are  2  nonbonding  electrons  and  3  electrons  from  the  triple  bond.  Be- 

cause the  number  of  valence  electrons  on  a  neutral  N  atom  is  5,  its  formal 

charge  is  5  -  5  =  0.  Thus,  the  formal  charges  on  the  atoms  in  the  Lewis  struc- 
ture of  CNF  are 

-1  0 

[:C^NJ:]- 

Notice  that  the  sum  of  the  formal  charges  equals  the  overall  charge  on  the  ion, 

1— .  In  general,  the  formal  charges  on  a  neutral  molecule  add  to  zero,  whereas 
those  on  an  ion  add  to  give  the  overall  charge  on  the  ion. 

The  concept  of  formal  charge  can  help  us  choose  between  alternative  Lewis 
structures.  We  will  see  how  this  is  done  by  considering  the  COt  molecule.  As 
shown  in  Section  8.3,  COo  is  represented  as  having  two  double  bonds.  The  octet 
rule  is  also  obeyed,  however,  in  a  Lewis  structure  having  one  single  bond  and 
one  triple  bond.  Calculating  the  formal  charge  for  each  atom  in  these  structures, 
we  have 

Q=
 

=C= 

=Q 

'■Q- 

-c= 

=  0: 

Valence  electrons: 6 4 

(-1 

6 4 6 

(Electrons  assigned  to  atom): 6 4 h 7 4 ? 

Formal  charge: 0 0 0 

-1 

0 

+  1 
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Note  that  in  both  cases  the  formal  charges  add  up  to  zero,  as  they  must  be- 
cause COt  is  a  neutral  molecule.  So,  which  is  the  correct  structure1  With  both 

choices  following  all  our  rules,  how  do  we  decide?  As  a  general  rule,  when  sev  - 
eral Lewis  structures  are  possible,  we  will  use  the  following  guidelines  to 

choose  the  most  correct  one: 

1.  We  generally  choose  the  Lezvis  structure  in  which  the  atoms  hour  formal  charges 
closest  to  zero. 

2.  We  generally  choose  the  Lewis  structure  in  winch  any  negative  charges  reside  on 
the  more  electronegative  atoms. 

Thus,  the  first  l  ewis  structure  of  CO2  is  preferred  because  the  atoms  carry  no 
formal  charges  and  so  satisfy  the  first  guideline. 

Although  the  concept  of  formal  charge  helps  us  choose  between  alternative 
Lewis  structures,  it  is  very  important  that  you  remember  that  formal  charges  do 

not  represent  real  charges  on  atoms.  These  charges  are  just  a  bookkeeping  conv  en- 
tion. The  actual  charge  distributions  in  molecules  and  ions  are  determined  not 

by  formal  charges  but  by  a  number  of  tat  tors,  including  the  electronegativity 
differences  between  atoms. 

Q    GIVE  IT  SOME  THOUGHT 

Suppose  that  a  Lewis  structure  for  a  neutral  fluorine-containing  molecule  results  in  a 
formal  charge  on  the  fluorine  atom  of    1.  What  conclusion  would  you  draw? 

UM  SAMPLE  EXERCISE  8.9  |  Lewis  Structures  and  Formal  Charges 

The  following  are  three  possible  Lewis  structures  for  the  thiocyanate  ion,  IMCS  : 

[:N—  C=S:]  [N=C=S]  [:n=C— S:] 

(a)  Determine  the  formal  charges  of  the  atoms  in  each  structure,  (b)  Which  Lewis 

structure  is  the  preferred  one!' 

Solution  (a)  Neutral  N,  C,  and  S  atoms  hav  e  fix  e,  four,  and  six  valence  electrons,  re- 
spectively. We  can  determine  the  following  formal  charges  in  the  three  structures  by 

using  the  rules  we  just  discussed: 

-2     I)     fl  I      0     0  ()      I)  I 

[:N— c=S:]  [N=C=S]  [:n=C— S:] 

As  they  must,  the  formal  charges  in  all  three  structures  sum  to  I  ,  the  overall  charge 
of  the  ion. 

(b)  We  will  use  the  guidelines  for  the  best  Lewis  structure  to  determine  which  ol 
the  three  structures  is  likely  the  most  correct.  As  discussed  in  Section  S.4,  N  is  more 
electronegative  than  C  or  S.  Therefore,  we  expect  that  any  negativ  e  formal  charge  will 
reside  on  the  N  atom  (guideline  2).  Further,  we  usually  choose  the  Lewis  structure 
that  produces  the  formal  charges  of  smallest  magnitude  (guideline  I ).  For  these  two 
reasons,  the  middle  structure  is  the  preferred  Lewis  structure  of  the  NCS  ion. 

■i  PRACTICE  EXERCISE 

The  cyanate  ion  (NCO  ),  like  the  thiocyanate  ion,  has  three  possible  Lewis  structures. 
(a)  Draw  these  three  Lewis  structures,  and  assign  formal  charges  to  the  atoms  in  each 
structure,  (b)  Which  Lewis  structure  is  the  preferred  one? 

-2    0+1  I      a     (i  0      a  I 

Answers:  (a)  [:N— C=0:]  [N=C=Q]  [:N=C— 5:] 
(i)  (ii)  (in) 

(b)  Structure  (iii),  which  places  a  negative  charge  on  oxygen,  the  most  electronegative 
of  the  three  elements,  is  the  preferred  Lewis  structure. 



322       Chapter  8         Basic  Concepts  of  Chemical  Bonding 

Oxidation  Numbers,  Formal  Charges,  and  Actual  Partial  Charges 

■  n  Chapter  4  we  introduced  the  rules  for  assigning  oxidation 
1  numbers  to  atoms.  The  concept  of  electronegativity  is  the 
basis  of  these  numbers.  The  oxidation  number  of  an  atom  is 

the  charge  it  would  have  it  its  bonds  were  completely  ionic. 
That  is,  in  determining  the  oxidation  number,  all  shared  elec- 

trons are  counted  with  the  more  electronegative  atom.  For  ex- 

ample, consider"  the  Lewis  structure  of  HC1  Shown  in 
Figure  S. 10(a)  ▼.  To  assign  oxidation  numbers,  the  pair  of 
electrons  in  the  covalent  bond  between  the  atoms  is  assigned 
to  the  more  electronegative  CI  atom.  This  procedure  gives  CI 
eight  valence-shell  electrons,  one  more  than  the  neutral  atom. 
Thus,  it  is  assigned  an  oxidation  number  of  — 1.  Hydrogen  has 
no  valence  electrons  when  they  are  counted  this  wav,  giving  it 
an  oxidation  number  of  +  1. 

In  this  section  we  have  just  considered  another  wav  of 
counting  electrons  that  gives  rise  to  formal  charges.  The  formal 
charge  is  assigned  bv  completely  ignoring  electronegativity 
and  assigning  the  electrons  in  bonds  equally  between  the 
bonded  atoms.  Consider  again  the  HC1  molecule,  but  this  time 
divide  the  bonding  pair  of  electrons  equally  between  H  and  CI 
as  shown  in  Figure  8.10(b).  In  this  case  CI  has  seven  assigned 
electrons,  the  same  as  that  of  the  neutral  CI  atom.  Thus,  the 

formal  charge  of  CI  in  this  compound  is  0.  Likewise,  the  for- 
mal charge  of  H  is  also  0. 
Neither  the  oxidation  number  nor  the  formal  charge  gives 

an  accurate  depiction  of  the  actual  charges  on  atoms.  Oxida- 
tion numbers  ov  erstate  the  role  of  electronegativ  ity,  and  for- 
mal charges  ignore  it  completely.  It  seems  reasonable  that 

electrons  in  covalent  bonds  should  be  apportioned  according 
to  the  relative  electronegativ  ities  of  the  bonded  atoms.  From 
Figure  8.6  we  see  that  CI  has  an  electronegativity  of  3.0  while 
that  of  H  is  2.1.  The  more  electronegative  CI  atom  might  there- 
tore  be  expected  to  have  roughly  3.0/(3.0  +  2.1 )  =  0.59  of  the 
electrical  charge  in  the  bonding  pair,  whereas  the  H  atom  has 

2.1/(3.0  +  2.1 )  =  0.41  of  the  charge.  Because  the  bond  consists 

of  two  electrons,  the  CI  atom's  share  is  0.59  X  2c  =  1.18e,  or 
0. 18c  more  than  the  neutral  CI  atom.  This  gives  rise  to  a  partial 

charge  of  0.18  -  on  CI  and  0.18+  on  H  (notice  again  that  we 
place  the  +  and  -  signs  before  the  magnitude  when  speaking 
about  oxidation  numbers  and  formal  charges  but  after  the 
magnitude  when  talking  about  actual  charges). 

The  dipole  moment  of  HC1  gives  an  experimental  mea- 
sure of  the  partial  charges  on  each  atom.  In  Sample  Exercise 

8.5  we  saw  that  the  dipole  moment  of  HC1  indicates  a  charge 

separation  with  a  partial  charge  of  0.178+  on  H  and  0.178—  on 
CI,  in  remarkably  good  agreement  with  our  simple  approxi- 

mation based  on  electronegativities.  Although  that  type  of  cal- 

culation provides  "ballpark"  numbers  for  the  magnitude  of 
charge  on  atoms,  the  relationship  between  electronegativities 
and  charge  separation  is  generally  more  complicated.  As  we 
have  already  seen,  computer  programs  employing  quantum 
mechanical  principles  have  been  developed  to  calculate  the 
partial  charges  on  atoms,  even  in  complex  molecules. 
Figure  8.10(c)  shows  a  graphical  representation  of  the  charge 
distribution  in  HC1. 
Related  Exercises:  8.47,  8.48,  8.49,  8.50,  and  8.85 

<  Figure  8.10  Oxidation  number  and 
formal  charge,  (a)  The  oxidation  number  for  any 
atom  in  a  molecule  is  determined  by  assigning  all 
shared  electrons  to  the  more  electronegative  atom 
(in  this  case  CI),  (b)  Formal  charges  are  derived  by 
dividing  all  shared  electron  pairs  equally  between 
the  bonded  atoms,  (c)  The  calculated  distribution 
of  electron  density  on  an  HCI  molecule.  Regions  of 
relatively  more  negative  charge  are  red;  those  of 
more  positive  charge  are  blue.  Negative  charge  is 

(a)  (D)  clearly  localized  on  the  chlorine  atom. 

8.6  I  Resonance  Structures 

We  sometimes  encounter  molecules  and  ions  in  which  the  experimentally 
determined  arrangement  of  atoms  is  not  adequately  described  by  a  single 
Lewis  structure.  Consider  a  molecule  of  ozone,  O3,  which  is  a  bent  molecule 

with  two  equal  O  —  O  bond  lengths  (Figure  8.11  ►).  Because  each  oxygen 
atom  contributes  6  valence  electrons,  the  ozone  molecule  has  18  valence  elec- 

trons. In  writing  the  Lewis  structure,  we  find  that  we  must  have  one  O  —  O 
single  bond  and  one  O  —  O  double  bond  to  attain  an  octet  of  electrons  about 
each  atom: 
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->  ->  ~* 

However,  this  structure  cannot  by  itselt  be  correct  because  it  requires  thiit  one 

O  —  O  bond  be  different  from  the  other,  contrary  to  the  observed  structure — we 
would  expect  the  0  =  0  double  bond  to  be  shorter  than  the  O  —  O  single  bond. 

In  drawing  the  Lewis  structure,  however,  we  could  just  as  eas- 
ily have  put  the  0  =  0  bond  on  the  lett: 

O 

The  placement  of  the  atoms  in  these  two  alternative  but  completely  equivalent 

Lewis  structuivs  for  ozone  is  the  same,  but  the  placement  of  the  electrons  is  dif- 
ferent. Lewis  structures  ot  this  sort  are  called  resonance  structures.  To  describe 

the  structure  ot  ozone  properly,  we  write  both  Lewis  structures  and  use  a 

double-headed  arrow  to  indicate  that  the  real  molecule  is  described  by  an  aver- 
age of  the  two  resonance-  structures: 

O.  0. 

•'(  >. 

O 

.( )'
 

To  understand  why  certain  molecules  require  more  than  one  resonance  struc- 
ture, we  can  draw  an  analogy  to  the  mixing  ot  paint  (Figure  S.12  ►).  Blue  and 

yellow  are  both  primary  colors  of  paint  pigment.  An  equal  blend  of  blue  and  yel- 

low pigments  produces  green  pigment.  We  can't  describe  green  paint  in  terms  of 
a  single  primary  color,  yet  it  still  has  its  own  identity.  ( Ireen  paint  does  not  oscil- 

late between  its  two  primary  colors:  It  is  not  blue  part  of  the  time  and  yellow  the 
rest  of  the  time.  Similarly,  molecules  such  as  ozone  cannot  be  described  by  a 

single  Lewis  structure  in  which  the  electrons  are  "locked  into"  a  particular 
arrangement. 

The  true  arrangement  of  the  electrons  in  molecules  such  as  O3  must  be  con- 

sidered as  a  blend  of  two  (or  more)  Lewis  structures.  By  analogy  to  tin-  green 
paint,  the  molecule  has  its  own  identity  separate  from  the  indiv  idual  resonance 

structures.  For  example,  the  ozone  molecule  always  has  two  equivalent  O  —  O 
bonds  whose  lengths  are  intermediate  between  the  lengths  of  an 

oxygen-oxygen  single  bond  and  an  oxv gen-oxygen  double  bond.  Another  way 

of  looking  at  it  is  to  say  that  the  rules  for  drawing  Lewis  structures  don't  allow 
us  to  have  a  single  structure  that  adequately  represents  the  ozone  molecule,  lor 

example,  there  are  no  rules  tor  drawing  half-bonds.  We  can  get  around  this  lim- 
itation by  drawing  two  equivalent  Lewis  structures  that,  when  averaged, 

amount  to  something  very  much  like  what  is  observed  experimentally. 

9 GIVE  IT  SOME  THOUGHT 

The  0  —  0  bonds  in  ozone  are  often  described  as  "one-and-a-half"  bonds.  Is  this  de- 
scription consistent  with  the  idea  of  resonance? 

As  an  additional  example  of  resonance  structures,  consider  the  nitrate  ion, 

NO3 ~,  for  which  three  equivalent  Lewis  structures  can  be  drawn: 

:0: 

:('): 

:6: 

•p.  .a 0.  .a 
•O.  0 

▲  Figure  8.11    Ozone.  Molecular  structure 
(top)  and  electron-distribution  diagram  (bottom) 
for  the  ozone  molecule,  05. 

Primary  color     Primary  color 

Yellow 

Greer 

(a) 

Resi  mance  Resonanc  e 
structure  structure 

:Q       xr.         XX  O: 

I 
( )zone  molecule (b) 

A  Figure  8.12   Resonance.  Describing  a 
molecule  as  a  blend  of  different  resonance 
structures  is  similar  to  describing  a  paint  color  as 
a  blend  of  primary  colors,  (a)  Green  paint  is  a 
blend  of  blue  and  yellow.  We  cannot  describe 
green  as  a  single  primary  color,  (b)  The  ozone 
molecule  is  a  blend  of  two  resonance  structu 
We  cannot  describe  the  ozone  molecule  in  terms 
of  a  single  tewis  structure 

Notice  that  the  arrangement  of  atoms  is  the  same  in  each  structure;  only  the 
placement  of  electrons  differs.  In  writing  resonance  structures,  the  same  atoms 
must  be  bonded  to  each  other  in  all  structures,  so  that  the  only  differences  are 
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(a) 

9  Q 

(b) 

▲  Figure  8.13   Benzene,  an  "aromatic" 
organic  compound,  (a)  Benzene  is  obtained 
from  the  distillation  of  fossil  fuels.  More  than  4 
billion  pounds  of  benzene  is  produced  annually 
in  the  United  States.  Because  benzene  is  a 
carcinogen,  its  use  is  closely  regulated,  (b)  The 
benzene  molecule  is  a  regular  hexagon  of  carbon 
atoms  with  a  hydrogen  atom  bonded  to 
each  one. 

in  the  arrangements  of  electrons.  All  three  Lew  is  structures  taken  together  ade- 

quately describe  the  nitrate  ion,  in  which  all  three  N  —  O  bond  lengths  are 
the  same. 

Q    GIVE  IT  SOME  THOUGHT 

In  the  same  sense  that  we  describe  the  O—O  bonds  in  0^  as  "one-and-a-half" 
bonds,  how  would  you  describe  the  N  —  0  bonds  in  N03  ? 

In  some  instances  all  the  possible  Lewis  structures  for  a  species  may  not  be 
equivalent  to  one  another;  instead,  one  or  more  may  represent  a  more  stable 
arrangement  than  other  possibilities.  We  will  encounter  examples  of  this  as  we 

proceed. 

Wm  SAMPLE  EXERCISE  8.10  |  Resonance  Structures 

Which  is  predicted  to  have  the  shorter  sulfur-oxygen  bonds,  SO^  or  SO-,2  ? 

Solution  The  sulfur  atom  has  six  valence  electrons,  as  does  oxygen.  Thus,  SO 
tains  24  valence  electrons.  In  writing  the  Lewis  structure,  we  see  that  three  equivalent 
resonance  structures  can  be  drawn: 

T       T
  :?: 

As  was  the  case  for  NO-,  ,  the  actual  structure  of  SO3  is  an  equal  blend  of  all  three. 
Thus,  each  S  —  O  bond  distance  should  be  about  one-third  of  the  way  between  that  of 
a  single  and  that  of  a  double  bond  (see  the  immediately  preceding  Give  It  Some 
Thought  exercise).  That  is,  they  should  be  shorter  than  single  bonds  but  not  as  short 
as  double  bonds. 

The  SO3  ion  has  26  electrons,  which  leads  to  a  Lewis  structure  in  which  all  the 
S  —  O  bonds  are  single  bonds: 

:5— S— 6:~|2 
:0: 

There  are  no  other  reasonable  Lewis  structures  for  this  ion — it  can  be  described  quite 
well  bv  a  single  Lewis  structure  rather  than  by  multiple  resonance  structures. 

Our  analysis  of  the  Lewis  structures  leads  us  to  conclude  that  SO-,  should  have 
the  shorter  S  —  O  bonds  and  SO-,-  the  longer  ones.  This  conclusion  is  correct:  The 

experimentally  measured  S  —  O  bond  lengths  are  1.42  A  in  SO3  and  1.51  A  in  SO}"-. 

H  PRACTICE  EXERCISE 

Draw  two  equiv  alent  resonance  structures  for  the  formate  ion,  HCO^ 

Answer: H  — C=5 H  — C  — O: 

:0: 

Resonance  in  Benzene 

Resonance  is  an  extremely  important  concept  in  describing  the  bonding  in  or- 
ganic molecules,  particularly  in  the  ones  called  aromatic  molecules.  Aromatic 

organic  molecules  include  the  hydrocarbon  called  benzene,  which  has  the  mole- 
cular formula  C,,Hh  (Figure  8.13  <).  The  six  C  atoms  of  benzene  are  bonded  in  a 

hexagonal  ring,  and  one  H  atom  is  bonded  to  each  C  atom. 
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We  can  write  two  equivalent  Lew  is  structures  for  benzene,  each  of  which 
satisfies  the  octet  rule.  These  two  structures  are  in  resonance: 

l_l                   I  1 H            1  1 I  I  11 II  II 
\  / \  / 
c=c 
/  \ /"c\\ 

H — C          C— H  «- —  H— C          C — H 
w  // \  / 
c— c c=c 
/  \ /  \ 

!  1  II II  II 

Each  resonance  structure  shows  three  C  —  C  single  bonds  and  three  C  =  C  dou- 
ble bonds,  but  the  double  bonds  are  in  different  places  in  the  two  structures. 

The  experimental  structure  of  benzene  show  s  that  all  si\  C  —  C  bonds  are  of 
equal  length,  1 .40  A,  intermediate  between  the  typical  bond  lengths  for  a  C  —  C 
single  bond  (1.34  A)  and  a  C  =  C  double  bond  (1.34  A). 

Benzene  is  commonly  represented  by  omitting  the  hydrogen  atoms  at- 
tached to  carbon  and  showing  only  the  carbon-carbon  framework  with  the  ver- 

tices unlabeled.  In  this  convention,  the  resonance  in  the  benzene  molecule  is 

represented  either  by  two  structures  separated  by  a  double-headed  arrow,  as 
with  our  other  examples,  or  by  a  shorthand  notation  in  v\  hich  we  draw  a  hexa- 

gon with  a  circle  in  it: 

O-© 

The  shorthand  notation  on  the  right  reminds  lis  that  benzene  is  a  blend  of  two 

resonance  structures — it  emphasizes  that  the  C  =  C  double  bonds  cannot  be  as- 
signed to  specific  edges  of  the  hexagon.  Chemists  use  both  representations  of 

benzene  interchangeably. 

The  bonding  arrangement  in  benzene  confers  special  stability  to  the  mole- 
cule. As  a  result,  literally  millions  of  organic  compounds  contain  the  six- 

membered  rings  characteristic  of  benzene.  Manv  of  these  compounds  are 

important  in  biochemistry,  in  pharmaceuticals,  and  in  the  production  of  mod- 
ern materials.  We  will  say  more  about  the  bonding  in  benzene  in  Chapter  9  and 

about  its  unusual  stability  in  Chapter  25. 

Q    GIVE  IT  SOME  THOUGHT 

Each  Lewis  structure  of  benzene  has  three  C  =  C  double  bonds.  Another  hydrocar- 
bon containing  three  C  =  C  double  bonds  is  hexatriene,  C6H8.  A  Lewis  structure  of 

hexatriene  is 

H     H     hi     11     H  H 

C=C— C=C— C=C 

H  I  I 

Would  you  expect  hexatriene  to  have  multiple  resonance  structures  like  benzene? 
If  not,  why  is  this  molecule  different  from  benzene  with  respect  to  resonance? 

8.7  |  Exceptions  to  the  Octet  Rule  

The  octet  rule  is  so  simple  and  useful  in  introducing  the  basic  concepts  of  bond- 
ing that  you  might  assume  that  it  is  always  obeyed.  In  Section  S.2,  however,  we 

noted  its  limitation  in  dealing  with  ionic  compounds  ot  the  transition  metals. 



326       Chapter  8     |     Basic  Concepts  of  Chemical  Bonding 

The  octet  rule  also  fails  in  many  situations  involving  covalent  bonding.  These 
exceptions  to  the  octet  rule  are  of  three  main  types: 

1.  Molecules  and  polyatomic  ions  containing  an  odd  number  of  electrons 

2.  Molecules  and  polyatomic  ions  in  which  an  atom  has  fewer  than  an  octet  of 
valence  electrons 

3.  Molecules  and  polyatomic  ions  in  which  an  atom  has  more  than  an  octet  of 
valence  electrons 

Odd  Number  of  Electrons 

In  the  vast  majority  of  molecules  and  polyatomic  ions,  the  total  number  of  va- 
lence electrons  is  even,  and  complete  pairing  of  electrons  occurs.  In  a  few  mole- 
cules and  polyatomic  ions,  however,  such  as  C102,  NO,  NOt,  and  Ot  ,  the 

number  of  valence  electrons  is  odd.  Complete  pairing  of  these  electrons  is  im- 
possible, and  an  octet  around  each  atom  cannot  be  achieved.  For  example,  NO 

contains  5  +  6  =  11  valence  electrons.  The  two  most  important  Lewis  struc- 
tures for  this  molecule  are 

N=Q    and  N=Q 

Less  than  an  Octet  of  Valence  Electrons 

A  second  type  of  exception  occurs  when  there  are  fewer  than  eight  valence  elec- 
trons around  an  atom  in  a  molecule  or  polyatomic  ion.  This  situation  is  also  rel- 

atively rare,  most  often  encountered  in  compounds  of  boron  and  beryllium.  As 

an  example,  let's  consider  boron  trifluoride,  BF3.  If  we  follow  the  first  four  steps 
of  the  procedure  at  the  beginning  of  Section  8.5  for  drawing  Lewis  structures, 
we  obtain  the  structure 

:F: 

..F.  .F.. 

There  are  only  six  electrons  around  the  boron  atom.  In  this  Lewis  structure  the 

BF  BF  NH  formal  charges  on  both  the  B  and  the  F  atoms  are  zero.  We  could  complete  the 
octet  around  boron  by  forming  a  double  bond  (step  5).  In  so  doing,  we  see  that 
there  are  three  equivalent  resonance  structures  (the  formal  charges  on  each 
atom  are  shown  in  red): .+  1 

0  .fc\0 
F'  :F:  :F 

,1      <  »         d-1      *  »  n-1 

0;^"\£0     +i:p^B\£o  o.p/B^p.+i These  Lewis  structures  force  a  fluorine  atom  to  share  additional  electrons  with 

the  boron  atom,  which  is  inconsistent  with  the  high  electronegativity  of  fluo- 
rine. In  fact,  the  formal  charges  tell  us  that  this  is  an  unfavorable  situation:  In 

each  of  the  Lewis  structures,  the  F  atom  invok  ed  in  the  B  =  F  double  bond  has 
a  formal  charge  of  + 1 ,  while  the  less  electronegative  B  atom  has  a  formal  charge 
of  -1.  Thus,  the  Lewis  structures  in  which  there  is  a  B  =  F  double  bond  are  less 

important  than  the  one  in  which  there  are  fewer  than  an  octet  of  valence  elec- 
trons around  boron: 

T       T  T 

F-        -F.       .F-        :FX      .F-        -F.  ̂ F: 

Most  important 
I  (ns  important 
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We  usually  represent  13 f r ̂   solely  by  the  leftmost  resonance  structure,  in 
which  there  ore  only  six  valence  electrons  around  boron.  The  chemical  behavior 

of  BF-j  is  consistent  with  this  representation.  In  particular,  BF3  reacts  very  ener- 
getically with  molecules  having  an  unshared  pair  of  electrons  that  can  be  used 

to  form  a  bond  with  boron.  For  example,  it  reacts  with  ammonia,  NLLW  to  form 

the  compound  XI  \  ?,BF-: 

HI  H  F 

H  — N:  +   B— F       -  H— N— B— F 

H        F  H  F 

In  this  stable  compound,  boron  has  an  octet  ot  \  alence  electrons. 

More  than  an  Octet  of  Valence  Electrons 

The  third  and  largest  class  of  exceptions  consists  of  molecules  or  polyatomic  ions 
in  which  there  are  more  than  eight  electrons  in  the  valence  shell  of  an  atom.  When 

we  draw  the  Lewis  structure  for  PCI5,  for  example,  we  are  forced  to  "expand"  the 
valence  shell  and  place  ten  electrons  around  the  central  phosphorus  atom: 

Other  examples  of  molecules  and  ions  with  "expanded"  valence  shells  are  SF4, 

AsFh~,  and  ICI4  .  The  corresponding  molecules  with  a  second-period  atom 
bonded  to  the  halogen  atom,  such  as  \G-  and  OF4,  do  not  exist.  Let's  take  a 
look  at  why  expanded  valence  shells  are  observed  only  for  elements  in  period  3 
and  beyond  in  the  periodic  table. 

Elements  of  the  second  period  have  only  the  2s  and  2/'  valence  orbitals 
available  for  bonding.  Because  these  orbitals  can  hold  a  maximum  ot  eight  elec- 

trons, we  never  find  more  than  an  octet  of  electrons  around  elements  from  the 

second  period.  Elements  from  the  third  period  and  beyond,  however,  have  ns, 

up,  and  unfilled  mi  orbitals  that  can  be  used  in  bonding.  For  example,  the  or- 
bital diagram  tor  the  valence  shell  of  a  phosphorus  atom  is 

T]  1 1 1 1  h  1  1  1  1  1 

3s  3/)  3,/ 

.Although  third-period  elements  often  satisfy  the  octet  rule,  as  in  PCI3,  they  also 
often  exceed  an  octet  by  seeming  to  use  their  empty  </  orbitals  to  accommodate 
additional  electrons.* 

Size  also  plays  an  important  role  in  determining  whether  an  atom  in  a  mol- 
ecule or  polyatomic  ion  can  accommodate  more  than  eight  electrons  in  its  va- 
lence shell.  The  larger  the  central  atom,  the  larger  the  number  of  atoms  that  can 

surround  it.  The  number  of  molecules  and  ions  with  expanded  valence  shells 

therefore  increases  with  increasing  size  of  the  central  atom.  The  si/e  of  the  sur- 
rounding atoms  is  also  important.  Expanded  valence  shells  occur  most  often 

when  the  central  atom  is  bonded  to  the  smallest  and  most  electronegative 
atoms,  such  as  F,  CI,  and  O. 

*  On  the  basis  of  theoretical  calculations,  some  chemists  ha\  e  questioned  w  hether  valence  1/  orbitals 
are  actually  used  in  the  bonding  of  molecules  and  ions  with  expanded  valence  shells.  Nevertheless, 
the  presence  of  valence  1/  orbitals  in  period  3  and  beyond  provides  the  simplest  explanation  of  Ihis 
phenomenon,  especially  within  the  scope  of  a  general  chemistry  textbook. 
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MB  SAMPLE  EXERCISE  8.1 1  |  Lewis  Structure  for  an  Ion  with  an  Expanded  Valence  Shel 
Draw  the  Lewis  structure  for  IC14  . 

Solution  Iodine  (group  7 A)  has 
seven  valence  electrons;  each  chlo: 
rine  (group  7A)  also  has  seven;  an 
extra  electron  is  added  to  account 

for  the  1  -  charge  of  the  ion.  There- 
fore, the  total  number  of  valence 

electrons  is 
7  +  4(7) 

36 The  I  atom  is  the  central  atom  in  the 
ion.  Putting  eight  electrons  around 
each  CI  atom  (including  a  pair  of 
electrons  between  1  and  each  CI  to 
represent  the  single  bond  between 
these  atoms)  requires  8x4=  32 
electrons. 

We  are  thus  left  with  36  -  32  =  4 
electrons  to  be  placed  on  the  larger 
iodine: rCl^'^Cl: 

Iodine  has  12  valence  electrons  around  it,  four  more  than  needed  for  an  octet. 

■1  PRACTICE  EXERCISE 

(a)  Which  of  the  following  atoms  is  never  found  with  more  than  an  octet  of  valence  electrons  around  it:  S,  C,  P,  Br?  (b)  Draw  the 
Lewis  structure  for  XeF-i. 

Answers:  (a)  C,  (b)  :F  — Xe— F: 

At  times  you  may  see  Lewis  structures  written  with  an  expanded  valence 

shell  even  though  structures  can  be  written  with  an  octet.  For  example,  consid- 

er these  Lewis  structures  for  the  phosphate  ion,  P043 ~: 

:0: 

:5— P— 6:~ 
:Q: 

:0: 
I)  ..      I  o  .. 

0=P— O: 

:Q: 

The  formal  charges  on  the  atoms  are  shown  in  red.  On  the  left,  the  P  atom  has 
an  octet;  on  the  right,  the  P  atom  has  an  expanded  valence  shell  of  five  electron 

pairs.  The  structure  on  the  right  is  often  used  for  PCV"  because  it  has  smaller 
formal  charges  on  the  atoms.  The  best  representation  of  P043~  is  a  series  of  such 
Lewis  structures  in  resonance  with  one  another.  However,  theoretical  calcula- 

tions based  on  quantum  mechanics  suggest  that  the  structure  on  the  left  is  the 

best  single  Lewis  structure  for  the  phosphate  ion.  In  general,  when  choosing  be- 
tween alternative  Lewis  structures,  you  should  choose  one  that  satisfies  the 

octet  rule  if  it  is  possible  to  do  so. 

8.8  |  Strengths  of  Covalent  Bonds  

The  stability  of  a  molecule  is  related  to  the  strengths  of  the  covalent  bonds  it 
contains.  The  strength  of  a  covalent  bond  between  two  atoms  is  determined  by 

the  energy  required  to  break  that  bond.  It  is  easiest  to  relate  bond  strength  to 
the  enthalpy  change  in  reactions  in  which  bonds  are  broken. 
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The  bond  enthalpy  is  the  enthalpy  change,  AH,  for  the  breaking  of  a  particular 
bond  in  one  mole  of  a  gaseous  substance.  For  example,  the  bond  enthalpy  for 
the  bond  between  chlorine  atoms  in  the  CF  molecule  is  the  enthalpy  change 
when  1  mo  I  of  CF  is  dissociated  into  chlorine  atoms: 

:C1— C):(g)  -   -*  2  <!•(£) 

We  use  the  designation  D(bond  type)  to  represent  bond  enthalpies. 
It  is  relatively  simple  to  assign  bond  enthalpies  to  bonds  that  are  found  in 

diatomic  molecules,  such  as  the  CI  -  CI  bond  in  C  Nor  the  H  —  Br  bond  in  HBr: 
The  bond  enthalpy  is  just  the  energy  required  to  break  the  diatomic  molecule 

into  its  component  atoms.  Many  important  bonds,  such  as  the  C  —  H  bond, 
exist  only  in  polyatomic  molecules.  For  these  types  of  bonds,  we  usually  utilize 

average  bond  enthalpies.  For  example,  the  enthalpy  change  for  the  following 
process  in  which  a  methane  molecule  is  decomposed  to  its  five  atoms  (a  process 
called  atoinizntion)  can  be  used  to  define  an  average  bond  enthalpy  tor  the 
C  — H  bond: 

I  I 

H— C— H(g)  -  — »  -Cig)  +  4H-(,v)       AH  =  1660kJ 

I  I 

Because  there  are  tour  equivalent  C  II  bonds  in  methane,  the  heat  of  atom- 

ization  is  equal  to  the  sum  ot  the  bond  enthalpies  ol  the  lour  C  —  II  bonds. 
Therefore,  the  average  C  —  H  bond  enthalpy  tor  CM,  is  D(C  —  H)  =  ( 1660/4) 
kj/mol  -  415  kj/mol. 

The  bond  enthalpy  tor  a  given  set  of  atoms,  say  C  —  H,  depends  on  the  rest 
of  the  molecule  of  which  the  atom  pair  is  a  part.  I  lowever,  the  variation  from 

one  molecule  to  another  is  generally  small,  which  supports  the  idea  that  bond- 

ing electron  pairs  are  localized  between  atoms.  II  we  consider  C  —  H  bond  en- 
thalpies in  many  different  compounds,  we  find  that  the  average  bond  enthalpy 

is  413kJ/mol,  which  compares  closely  with  the  41  ̂   kj  mol  value  calculated 
from  CH4. 

Q    GIVE  IT  SOME  THOUGHT 

The  hydrocarbon  ethane,  C2H6,  was  first  introduced  in  Section  2.9.  How  could  you 

use  the  enthalpy  of  atomization  of  C2H6(g)  along  with  the  value  of  D(C  —  H)  to  pro- 
vide an  estimate  for  D(C  —  C)? 

Table  8.4  ►  lists  several  average  bond  enthalpies.  The  bond  enthalpy  is  always 

a  positive  quantity;  energy  is  always  required  to  break  chemical  bonds.  Con- 
versely, energy  is  always  released  when  a  bond  forms  between  two  gaseous 

atoms  or  molecular  fragments.  The  greater  the  bond  enthalpy,  the  stronger  the 
bond. 

A  molecule  with  strong  chemical  bonds  generally  has  less  tendency  to  un- 

dergo chemical  change  than  does  one  with  weak  bonds.  This  relationship  be- 
tween strong  bonding  and  chemical  stability  helps  explain  the  chemical  form  in 

which  many  elements  are  found  in  nature.  For  example,  Si  —  O  bonds  are 
among  the  strongest  ones  that  silicon  forms.  It  should  not  be  surprising,  there- 

fore, that  SiC>2  and  other  substances  containing  Si  —  O  bonds  (silicates)  are  so 

common;  it  is  estimated  that  over  90%  of  Earth's  crust  is  composed  of  SiO?  and silicates. 



330       Chapter  8  Basic  Concepts  of  Chemical  Bunding 

1  TABLE  8.4   Average  Bond  Enthalpies 
(kj/mol) 

Single  Bonds 

C  —  H 413 N  —  H 
391 

O—  H 

463 
F— F 

155 

c— C 
348 N  — N 

163 
o— O 

146 

C  — N 
293 

N  — O 
201 

O  — F 
190 CI  —  F 253 c— O 

358 N  — F 
272 O  — CI 

203 

CI  — CI 242 

C  — F 

485 N  — CI 
200 O  —  1 234 

c— CI 
328 

N  — Br 
243 

Br  — F 
237 C  — Br 

'276 

S  — H 339 
Br  — CI 218 

C  —  1 240 H  —  H 436 
S —  F 

327 

Br —  Br 193 

c— s 259 
H  — F 567 

s— CI 253 

H  — CI 431 S  — Br 218 
I  — CI 

208 
51  M vyi M  t>r .inn 5  —  5 

zoo 
l  —  t>r 1  ~7Z 

lit 

n  1 I  T 
1    1 

1  ET  I 

c;  C 
51  C_ 3U  I 
51  \J JOB 

c:  r-\ 51  l_l 

Multiple Bonds 

C  =  C 614 N  =  N 418 

o2 

495 

C  =  C 839 N  =  N 
941 

C  =  N 

his 
\     (  ) 

607 s=o 
523 C  =  N 891 

s=s 
418 

c=o 
799 

c=o 1072 

Bond  Enthalpies  and  the  Enthalpies  of  Reactions 

We  can  use  average  bond  enthalpies  to  estimate  the  enthalpies  of  reactions  in 
which  bonds  are  broken  and  new  bonds  are  formed.  This  procedure  allows  us 

to  estimate  quickly  whether  a  given  reaction  will  be  endothermic  (AH  >  0)  or 

exothermic  (AH  <  0)  even  if  we  do  not  know  AH°  for  all  the  chemical  species 
involved. 

Our  strategy  for  estimating  reaction  enthalpies  is  a  straightforw  ard  appli- 

cation of  Hess's  law.  We  use  the  fact  that  breaking  bonds  is  al- 
ways an  endothermic  process  and  bond  formation  is  always  exothermic.  We 

therefore  imagine  that  the  reaction  occurs  in  two  steps:  (1)  We  supply  enough 

energy  to  break  those  bonds  in  the  reactants  that  are  not  present  in  the  prod- 
ucts. In  this  step  the  enthalpy  of  the  system  is  increased  by  the  sum  of  the  bond 

enthalpies  of  the  bonds  that  are  broken.  (2)  We  form  the  bonds  in  the  products 
that  were  not  present  in  the  reactants.  This  step  releases  energy  and  therefore 

lowers  the  enthalpy  of  the  system  by  the  sum  of  the  bond  enthalpies  of  the 
bonds  that  are  formed.  The  enthalpy  of  the  reaction,  AHrxn,  is  estimated  as  the 

sum  of  the  bond  enthalpies  of  the  bonds  broken  minus  the  sum  of  the  bond  en- 
thalpies of  the  bonds  formed: 

AH,M1  =  -(bond  enthalpies  of  bonds  broken) 

- 1  ( bond  enthalpies  of  bonds  formed )  [8.12] 

Consider,  for  example,  the  gas-phase  reaction  between  methane,  CH4,  and 
chlorine  to  produce  methyl  chloride,  ChhCl,  and  hydrogen  chloride,  HC1: 

H-CH,(x)  +  Cl-Cl(x) CI  — CH30r)  +  H  — Cl(£)    AHrxn  =  ?  [8.13] 
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H 

©  Break C— H  and  CI— CI 
bonds 

A//,  ■() 

A//, 

© 

'  )  Make 

C— CI  and 

bonds 

A//,-  0 

CI 

-4  Figure  8.14   Using  bond  enthalpies  ta 
calculate  AHIin.  Average  bond  enthalpii 
used  to  estimate  AWrKn  for  the  reaction  in 
Equation  8.13.  Breaking  the  C     Hand  CI  CI 
bonds  produces  a  positive  enthalpy  change 
(AH,),  whereas  making  the  C     CI  and  H  CI 
bonds  causes  a  negative  enthalpy  change  (AH,) 
The  values  of  AW,  and  AW2  are  estimated  from 

the  values  in  Table  8.4.  From  Hess's  law,  1H,W 
AW,  +  AW2. 

ACTIVITY Bond  Enthalpy 

Our  two-step  procedure  is  outlined  in  Figure  8. 14  ▲.  We  note  that  in  the  course 
of  this  reaction  the  following  bonds  are  broken  and  made: 

Bonds  broken: 

Bonds  made: 

1  mol  C 

1  mol  C 
H,  I  mol  CI 

CI,  1  mol  II 
CI 

CI 
We  first  supply  enough  energy  to  break  the  C  \  I  and  CI  CI  bonds,  which  will 

raise  the  enthalpy  of  the  system.  We  then  form  the  C  —  CI  and  H — CI  bonds, 
which  will  release  energy  and  lower  the  enthalpy  of  the  system.  Bv  using  Equa- 

tion 8.12  and  the  data  in  Table  8.4,  we  estimate  the  enthalpy  of  the  reaction  as 

AH,An  =  [D(C  —  H)  +  D(C1 — CI)]     [D(C  —  CI)  +  D(H 

=  (413  kj  +  242  kj)  -  (328  kj  +  431  kj)  =      104  k] 

■ci): 

The  reaction  is  exothermic  because  the  bonds  in  the  products  (especially  the 

H  —  CI  bond)  are  stronger  than  the  bonds  in  the  reactants  (especially 
the  CI  — CI  bond). 

We  usually  use  bond  enthalpies  to  estimate  A//rxn  only  if  we  do  not  have 

the  needed  AH^  values  readily  at  hand.  For  the  above  reaction,  we  cannot  cal- 

culate AHrM1  from  AH°  values  and  Hess's  law  because  the  value  of  AH,  for 
CH^CUv)  is  not  given  in  Appendix  C.  If  we  obtain  the  value  of  A//, 
for  CFhCUx)  from  another  source  (such  as  the  CRC  Handbook  of  Chemistry  ami 

Physics)  and  use  Equation  3.31,  we  find  that  AHrxn  =  -99.8  kj  for  the  reaction 
in  Equation  8.13.  Thus,  the  use  of  average  bond  enthalpies  provides  a  reason- 

ably accurate  estimate  of  the  actual  reaction  enthalpy  change. 

It  is  important  to  remember  that  bond  enthalpies  are  derived  for  gaseous 
molecules  and  that  they  are  often  averaged  values.  Nonetheless,  average  bond 
enthalpies  are  useful  for  estimating  reaction  enthalpies  quickly,  especially  for 

gas-phase  reactions. 
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CHEMISTRY  AT  WORK  |  Explosives  and  Alfred  Nobel 

Enormous  amounts  o!  energy  can  be  stored  in  chemical 
bonds.  Perhaps  the  most  graphic  illustration  of  this  fact 

is  seen  in  certain  molecular  substances  that  are  used  as  ex- 

plosives. Our  discussion  of  bond  enthalpies  allows  us  to  ex- 
amine more  closely  some  ol  the  properties  of  such  explosive 

substances. 

An  explosive  must  have  the  following  characteristics: 
( I )  It  must  decompose  very  exothermically;  (2)  the  products 
of  its  decomposition  must  be  gaseous,  so  that  a  tremendous 

gas  pressure  accompanies  the  decomposition;  (3)  its  decom- 
position must  occur  very  rapidly;  and  (4)  it  must  be  stable- 

enough  so  that  it  can  be  detonated  predictably.  The  combi- 
nation of  the  first  three  effects  leads  to  the  violent  evolution 

of  heat  and  gases. 
To  give  the  most  exothermic  reaction,  an  explosive  should 

have  weak  chemical  bonds  and  should  decompose  into  mole- 
cules with  very  strong  bonds.  Looking  at  bond  enthalpies 

(Table  S.4),  the  N  =  N,  C^O,  and  C  =  0  bonds  are  among 
the  strongest.  Not  surprisingly,  explosives  are  usually  de- 

signed to  produce  the  gaseous  products  N^fxh  CO(;s'),  and 
CO^Qc)-  Water  vapor  is  nearly  always  produced  as  well. 

Manv  common  explosives  are  organic  molecules  that  con- 
tain nitro  (NOt)  or  nitrate  (NO-;)  groups  attached  to  a  carbon 

skeleton.  The  structures  of  two  of  the  most  familiar  explosives, 

nitroglycerin  and  trinitrotoluene  (TNT),  are  shown  here.  I  N  I 
contains  the  six-membered  ring  characteristic  of  benzene. 

I  I 

H— C- 
:0: 

•().  X): 

1 1 

-C- 

:0: 

•O.  O: 

I  I 
I 

-C— H 

:0: 

•O.  ̂ O: Nitroglycerin 

1  I 

:5:  H— C— H  :6: 

:cr       C        C  ̂ O: 

H  C  H 

:Cr  .O. 

i  \  i 

■  SAMPLE  EXERCISE  8.12  |  Using  Average  Bond  Enthalpies 

Using  Table  8.4,  estimate  AH  for  the  following  reaction  (where  we  explicitly  show  the 
bonds  involved  in  the  reactants  and  products): 

H  H 

H— C— C— H(g)  +  lo2(g)  *  2  0=C=0(g)  +  3H— O— H(g) 

H  H 

Solution 
Analyze:  We  are  asked  to  estimate  the  enthalpy  change  for  a  chemical  process  by 
using  average  bond  enthalpies  for  the  bonds  that  are  broken  in  the  reactants  and 
formed  in  the  products. 

Plan:  Among  the  reactants,  we  must  break  six  C  —  H  bonds  and  a  C  —  C  bond  in 
we  also  break  j  Ot  bonds.  Among  the  products,  we  form  four  C  —  O  bonds 

(two  in  each  COt)  and  six  O  —  H  bonds  (two  in  each  bUO). 
Solve:  Using  Equation  8.12  and  data  from  Table  8.4,  we  have 

AH  =  6D(C— H)  +  D(C  — C)  +  sD(02)  -  4D(C  =  0)  -  6D(0  —  H) 

=  6(413  kj)  +  348  kj  +  ̂(495  kj)  -  4(799  kj)  -  6(463  kj) 
=  4558  kj  -  5974  kj =  -1416  kj 

Check:  This  estimate  can  be  compared  with  the  value  of  -1428  kj  calculated  from 
more  accurate  thermochemical  data;  the  agreement  is  good. 

H  PRACTICE  EXERCISE 

Using  Table  8.4,  estimate  AH  for  the  reaction 

H— N— N— H(g)   >  N=N(g)  +  2H— H(g) 

H  H 

Answer:    86  M 
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Nitroglycerin  is  a  pale  yellow,  oily  liquid.  It  is  highly 
shock-sensitive:  Merely  shaking  the  liquid  can  cause  its  explo- 

sive decomposition  into  nitrogen,  carbon  dioxide,  water,  and 
oxygen  gases: 

4C3H5N309(/)   »  6N2(#)4  12CO20?)  I  l0H2O(£)  1  02(g) 

The  large  bond  enthalpies  of  the  Ni  molei  ules  (941  kj  mol ), 
C02  molecules  (2  /  799kJ/mol),  and  water  molecules 

(2  x  463  kj/mol )  make  this  reaction  enormously  exother- 
mic. Nitroglycerin  is  an  exceptionally  unstable  explosh  e  be- 

cause it  is  in  nearly  perfect  explosive  balance:  With  the 
exception  of  a  small  amount  of  produced,  the  only 
products  are  INN,  COi,  and  I  hO.  Note  also  that,  unlike  com- 

bustion reactions  (Section  3.2),  explosions  are  entirely  self- 
contained:  No  other  reagent,  such  as  C^(;s'),  is  needed  for  the 
explosiv  e  decomposition. 

Because  nitroglycerin  is  so  unstable,  it  is  difficult  to  use  (is 
a  controllable  explosive.  The  Swedish  inventor  Alfred  Nobel 

(Figure  8.15  ►)  found  that  mixing  nitroglycerin  with  an  ab- 
sorbent  solid  material  such  as  diatomaceous  earth  or  1  ellulose 

gives  a  solid  explosive  (dynamite)  that  is  much  safer  than  liq- 
uid nitroglycerin. 

Related  Exercises  8.89  and  8.90 

Bond  Enthalpy  and  Bond  Length 

Just  as  we  can  define  an  overage  bond  enthalpy,  we  can  also  define  an  average 
bond  length  for  a  number  of  common  bond  types.  Some  of  these  are  listed  in 
Table  8.5  T.  Of  particular  interest  is  the  relationship  among  bond  enthalpy, 
bond  length,  and  the  number  of  bonds  between  the  atoms.  For  example,  we  can 

use  data  in  Tables  8.4  and  8.5  to  compare  the  bond  lengths  and  bond  enthalpies 

of  carbon-carbon  single,  double,  and  triple  bonds: 

c— c       c=c  c=c 
1.54  A  1.34  A  1.20  A 

348kJ/mol    614kJ/mol    839  kj/mol 

As  the  number  of  bonds  between  the  carbon  atoms  increases,  the  bond  en- 
thalpy increases  and  the  bond  length  decreases;  that  is,  the  carbon  atoms  are 

held  more  closely  and  more  tightlv  together.  In  general,  as  the  number  of  bonds 
between  two  atoms  increases,  the  bond  grows  shorter  and  stronger. 

TABLE  8.5   Average  Bond  Lengths  for  Some  Single,  Double,  and  Triple  Bonds 

Bond Bond  Length  (A) Bond Bond  Length  (A) 

c— C 1.34 
N  — N 

1.47 

C  =  C 1.34 N  =  N 1.24 

C  =  C 1.20 N  =  N 
1.10 

C  — N 1.43 N— O 

1 .36 

C  =N 1.38 N  =  0 

1  n 

C  =  N 1.16 

O  —  O 
1.48 

c— O 1.43 0  =  0 1.21 
c=o 1.23 

c=o 1.13 

▲  Figure  8.15   Alfred  Nobel  (1833-1896),  the  Swedish  inventor  of 

dynamite.  By  many  accounts  Nobel's  discovery  that  nitroglycerin  could  be 
made  more  stable  by  absorbing  it  onto  cellulose  was  an  accident.  This  discovery 
made  Nobel  a  very  wealthy  man.  He  was  also  a  complex  and  lonely  man, 
however,  who  never  married,  was  frequently  ill,  and  suffered  from  chronic 
depression.  He  had  invented  the  most  powerful  military  explosive  to  date,  but  he 
strongly  supported  international  peace  movements.  His  will  stated  that  his 

fortune  be  used  to  establish  prizes  awarding  those  who  "have  conferred  the 
greatest  benefit  on  mankind,"  including  the  promotion  of  peace  and  "fraternity 
between  nations."  The  Nobel  Prize  is  probably  the  most  coveted  award  that  a 
scientist,  economist,  writer,  or  peace  advocate  can  receive. 
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HI  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

Phosgene,  a  substance  used  in  poisonous  gas  warfare  in  World  War  I,  is  so  named  be- 
cause it  was  first  prepared  by  the  action  of  sunlight  on  a  mixture  of  carbon  monoxide 

and  chlorine  gases.  Its  name  comes  from  the  Greek  words  phos  (light)  and  genes  (born 
of).  Phosgene  has  the  following  elemental  composition:  12.14%  C,  16.17%  O,  and 
71.69%  d  by  mass.  Its  molar  mass  is  98.9  g/mol.  (a)  Determine  the  molecular  formula 
of  this  compound,  (b)  Draw  three  Lewis  structures  for  the  molecule  that  satisfy  the 
octet  rule  for  each  atom.  (The  CI  and  O  atoms  bond  to  C.)  (c)  Using  formal  charges,  de- 

termine which  Lewis  structure  is  the  most  important  one.  (d)  Using  average  bond  en- 
thalpies, estimate  AH  for  the  formation  of  gaseous  phosgene  from  CO^')  and  CL(x)- 

Solution  (a)  The  empirical  formula  of  phosgene  can  be  determined  from  its  elemen- 
tal composition.  (Section  3.5)  Assuming  100  g  of  the  compound  and  calculating 

the  number  of  moles  of  C,  O,  and  CI  in  this  sample,  we  have 

(12.14gC 

;i6.i7go; 

; 71.69  g  CI) 

1  mol  C 

,12.01 1  mo 
io 

,16.00 

go 

1  mol 

CI 
35.45  e  CI 

1.011  mol  C 

1.011  mol  O 

2.022  mol  CI 

The  ratio  of  the  number  of  moles  of  each  element,  obtained  bv  dividing  each  number 
of  moles  bv  the  smallest  quantity,  indicates  that  there  is  one  C  and  one  O  for  each  two 
CI  in  the  empirical  formula,  COCL- 

The  molar  mass  of  the  empirical  formula  is  12.01  +  16.00  +  2(35.45)  = 
98.91  g/  mol,  the  same  as  the  molar  mass  of  the  molecule.  Thus,  COCL  is  the  molecu- 

lar formula. 
(b)  Carbon  has  four  valence  electrons,  oxvgen  has  six,  and  chlorine  has  seven, 

giving  4  +  6  +  2(7)  =  24  electrons  for  the  Lewis  structures.  Drawing  a  Lewis  struc- 
ture with  all  single  bonds  does  not  give  the  central  carbon  atom  an  octet.  Using  mul- 
tiple bonds,  three  structures  satisfy  the  octet  rule: 

..      II  .. 
:C1— C— CI: 

■O- 

C1=C— Cl: 

:C1- 

(c)  Calculating  the  formal  charges  on  each  atom  gives 

:Q: 

:C1— C— Cl: 

— i 

:Q: 

C1=C- 

-Cl: 
:0= 
I  .. 

-C=C1 

..  -i 
:C): 

. .  o  In  . . + 1 
:C1— C=C1 

The  first  structure  is  expected  to  be  the  most  important  one  because  it  has  the  lowest 
formal  charges  on  each  atom.  Indeed,  the  molecule  is  usually  represented  by  this 
Lewis  structure. 

(d)  Writing  the  chemical  equation  in  terms  of  the  Lewis  structures  of  the  mole- cules, we  have 

:C=Q: :C1— Cl: 

:0: 

:C1— C— Cl: 

Thus,  the  reaction  involves  breaking  a  C  =  0  bond  and  a  Cl  —  Cl  bond  and  forming 
a  C  =  0  bond  and  two  C  —  Cl  bonds.  Using  bond  enthalpies  from  Table  8.4,  we  have 

AH  =  D(C=0)  +  D(C1  —  Cl)  -  D(C=0)  -  2D(C  — Cl) 
=  1072  kj  +  242  k]  -  799  kj  -  2(328  kj)  =  -141  kj 
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SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  8.1  In  this  chapter  we  have 
focused  on  the  interactions  that  lead  to  the  formation  of 

chemical  bonds.  We  classify  these  bonds  into  three  broad 
groups:  ionic  bonds,  which  are  the  electrostatic  forces 
that  exist  between  ions  of  opposite  charge;  covalent 

bonds,  which  result  from  the  sharing  of  electrons  by  two 
atoms;  and  metallic  bonds,  which  bind  together  the 
atoms  in  metals.  The  formation  of  bonds  in\  ok  es  interac- 

tions of  the  outermost  electrons  of  atoms,  their  valence 

electrons.  The  valence  electrons  of  an  atom  can  be  repre- 
sented bv  electron-dot  symbols,  called  Lewis  symbols. 

The  tendencies  of  atoms  to  gain,  lose,  or  share  their  va- 
lence electrons  often  follow  the  octet  rule,  w  hich  can  be 

viewed  as  an  attempt  bv  atoms  to  achieve  a  noble-gas 
electron  configuration. 

Section  8.2  Ionic  bonding  results  from  the  complete 
transfer  of  electrons  from  one  atom  to  another,  with  for- 

mation of  a  three-dimensional  lattice  of  charged  particles. 
The  stabilities  of  ionic  substances  result  from  the  strong 
electrostatic  attractions  between  an  ion  and  the  surround- 

ing ions  of  opposite  charge.  The  magnitude  of  these  inter- 
actions is  measured  by  the  lattice  energy,  which  is  the 

energy  needed  to  separate  an  ionic  lattice  into  gaseous 
ions.  Lattice  energy  increases  with  increasing  charge  on 
the  ions  and  with  decreasing  distance  between  the  ions. 

The  Born-Haber  cycle  is  a  useful  thermochemical  cycle 

in  which  we  use  Hess's  law  to  calculate  the  lattice  energy 
as  the  sum  of  several  steps  in  the  formation  of  an  ionic 
compound. 

An  element's  position  in  the  periodic  table  allows  us 
to  predict  the  ion  it  will  tend  to  form.  Metals  tend  to  form 
cations;  nonmetals  tend  to  form  anions.  We  can  write 

electron  configurations  for  ions  by  first  writing  the  elec- 
tron configuration  of  the  neutral  atom  and  then  remov  ing 

or  adding  the  appropriate  number  of  electrons. 

Section  8.3  A  covalent  bond  results  from  the1  sharing  of 
electrons.  We  can  represent  the  electron  distribution  in 
molecules  by  means  of  Lewis  structures,  which  indicate 
how  many  valence  electrons  are  involved  in  forming 
bonds  and  how  many  remain  as  unshared  electron  pairs. 
The  octet  rule  helps  determine  how  many  bonds  will  be 
formed  between  two  atoms.  The  sharing  of  one  pair  of 
electrons  produces  a  single  bond;  the  sharing  of  two  or 
three  pairs  of  electrons  between  two  atoms  produces 

double  or  triple  bonds,  respectively.  Double  and  triple- 
bonds  are  examples  of  multiple  bonding  between  atoms. 

The  bond  length  between  two  bonded  atoms  is  the  dis- 
tance between  the  two  nuclei.  The  bond  length  decreases 

as  the  number  of  bonds  between  the  atoms  increases. 

Section  8.4  In  covalent  bonds,  the  electrons  may  not 
necessarily  be  shared  equally  between  two  atoms.  Bond 
polarity  helps  describe  unequal  sharing  of  electrons  in  a 
bond.  In  a  nonpolar  covalent  bond  the  electrons  in  the 

bond  are  shared  equally  by  the  two  atoms;  in  a  polar 
covalent  bond  one  of  the  atoms  exerts  a  greater  attraction 
for  the  electrons  than  the  other. 

Electronegativity  is  a  numerical  measure  of  the  ability 
of  an  atom  to  compete  with  other  atoms  for  the  electrons 
shared  betw  een  them.  Fluorine  is  the  most  electronegative 

element,  meaning  it  has  the  greatest  ability  to  attract  elec- 
trons from  other  atoms.  Electronegativity  values  range 

from  0.7  for  Cs  to  4.0  for  F.  Electronegativity  generally  in- 
creases from  left  to  right  in  a  row  of  the  periodic  table,  and 

decreases  going  down  a  column,  rhe  difference  in  the  elec- 
tronegativities of  bonded  atoms  can  be  used  to  determine 

the  polarity  of  a  bond.  The  greater  the  difference,  the  more 

polar  the  bond. 
A  polar  molecule  is  one  whose  centers  of  positive 

and  negative  charge  do  not  coincide.  Thus,  a  polar  mole- 
cule has  a  positive  side  and  a  negative  side.  This  separa- 

tion of  charge  produces  a  dipole,  the  magnitude  of  w  hich 

is  given  by  the  dipole  moment,  which  is  measured  in  de- 
byes  (D).  Dipole  moments  increase  with  increasing 
amount  of  charge  separated  and  increasing  distance  ol 

separation.  Any  diatomic  molecule  X  —  Y  in  which  \  and 
Y  have  different  electronegativities  is  a  polar  molecule. 

Sections  8.5  and  8.6  II  we  know  which  atoms  are  con- 
nected to  one  another,  we  can  draw  Lewis  structures  for 

molecules  and  ions  by  a  simple  procedure.  Once  we  do  so, 
we  can  determine  the  formal  charge  of  each  atom  in  a 
Lewis  structure,  which  is  the  charge  that  the  atom  would 

have  it  all  atoms  had  the  same  electronegativity.  Most  ac- 
ceptable Lewis  structures  will  have  low  formal  charges 

with  any  negative  formal  charges  residing  on  more  elec- 
tronegative atoms. 

Sometimes  a  single  Lewis  structure  is  inadequate  to 
represent  a  particular  molecule  (or  ion).  In  such  situations, 
we  describe  the  molecule  by  using  two  or  more  resonance 
structures  for  the  molecule.  The  molecule  is  envisioned  as  a 

blend  of  these  multiple  resonance  structures.  Resonance 
structures  are  important  in  describing  the  bonding  in 
ozone,  O3,  and  the  organic  molecule  benzene,  C(ll  I,,. 

Section  8.7     The  octet  rule  is  not  obeyed  in  all  cases. 
The  exceptions  occur  when  (a)  a  molecule  has  an  odd 
number  of  electrons,  (b)  it  is  not  possible  to  complete  an 

octet  around  an  atom  without  forcing  an  unfavorable  dis- 
tribution of  electrons,  or  (c)  a  large  atom  is  surrounded  bv 

so  many  small  electronegative  atoms  thai  it  has  moi 
than  an  octet  of  electrons  around  it.  In  this  List  casi 

envision  using  the  unfilled  d  orbitals  of  the  large  at< 

"expand"  the  valence  shell  of  the  atom  Expandei 
lence  shells  are  observed  for  atoms  in  the  thii 

beyond  in  the  periodic  table,  for  which  low 
bitals  are  available. 

Section  8.8     The  strength  of  a  <  ond  is  mea- 
sured by  its  bond  enthalpy,  which  is  th<    lolar  enthalpy 
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change  upon  breaking  a  particular  bond.  Average  bond 

enthalpies  can  be  determined  for  a  wide  variety  of  cova- 
lent  bonds.  The  strengths  of  covalent  bonds  increase  with 
the  number  of  electron  pairs  shared  between  two  atoms. 

We  can  use  bond  enthalpies  to  estimate  the  enthalpy 

change  during  chemical  reactions  in  which  bonds  are 
broken  and  new  bonds  formed.  The  average  bond  length 
between  two  atoms  decreases  as  the  number  of  bonds  be- 

tween the  atoms  increases,  consistent  with  the  bond  being 
stronger  as  the  number  of  bonds  increases. 

VISUALIZING  CONCEPTS 

8.1  For  each  of  these  Lewis  symbols,  indicate  the  group  in 
the  periodic  table  in  which  the  element  X  belongs: 
(a)  -V  (b)  -X-  (c)  :X-  [Section  8.1] 

8.2  Illustrated  below  are  four  ions  —  A|,  A2,  Z| ,  and 
Zt  —  showing  their  relative  ionic  radii.  The  ions  shown 
in  red  carry  a  1  +  charge,  and  those  shown  in  blue  carry 

a  1-  charge,  (a)  Would  you  expect  to  find  an  ionic  com- 
pound of  formula  A(At?  Explain,  (b)  Which  combina- 

tion of  ions  leads  to  the  ionic  compound  having  the 
largest  lattice  energy?  (c)  Which  combination  of  ions 
leads  to  the  ionic  compound  having  the  smallest  lattice 
energy?  [Section  8.2] 

A,  A:  Z,  Z2 

8.3  The  orbital  diagram  below  shows  the  valence  electrons 
for  a  2+  ion  of  an  element,  (a)  What  is  the  element? 

(b)  What  is  the  electron  configuration  of  an  atom  of  this 
element?  [Section  8.2] 

3d 

8.4  In  the  Lewis  structure  shown  below,  A,  D,  E,  Q,  X,  and  Z 

represent  elements  in  the  first  two  rows  of  the  periodic 
table.  Identify  all  six  elements.  [Section  8.3] :E:  X 

:A  —  D  —  Q— Z 

8.5  The  partial  Lewis  structure  below  is  for  a  hydrocarbon 
molecule.  In  the  full  Lewis  structure,  each  carbon  atom 
satisfies  the  octet  rule,  and  there  are  no  unshared  elec- 

tron pairs  in  the  molecule.  The  carbon-carbon  bonds  are 
labeled  1,  2,  and  3.  (a)  Determine  where  the  hydrogen 
atoms  are  in  the  molecule,  (b)  Rank  the  carbon-carbon 
bonds  in  order  of  increasing  bond  length,  (c)  Rank  the 

carbon-carbon  bonds  in  order  of  increasing  bond  en- 
thalpy. [Section  8.3  and  8.8] 

c=c— c=c 

8.6  One  possible  Lewis  structure  for  the  compound  xenon 
trioxide,  XeOi,  is  shown  below,  (a)  Prior  to  the  1960s, 
this  compound  was  thought  to  be  impossible.  Why? 
(b)  How  many  other  equivalent  resonant  structures  are 
there  for  this  Lewis  structure?  (c)  Does  this  Lewis  struc- 

ture satisfy  the  octet  rule?  Explain  why  or  why  not. 
(d)  Do  you  think  this  is  the  best  choice  of  Lewis  struc- 

ture for  Xe03?  [Sections  8.5,  8.6,  and  8.7] 

:0: 
..      II  .. 

0=Xe — Q: 

EXERCISES 

Lewis  Symbols 

8.7  (a)  What  are  valence  electrons?  (b)  How  many  valence 
electrons  Joes  a  nitrogen  atom  possess?  (c)  An  atom  has 

the  electron  configuration  ls"2s"2/'f13s"3/'".  How  many 
valence  ele<  trons  does  the  atom  have? 

8.8  (a)  What  is  the  octet  rule?  (b)  I  low  many  electrons  must  a 
sulfur  atom  gain  to  achieve  an  octet  in  its  valence  shell? 

(c)  If  an  atom  has  the  electron  configuration  ls22s22/>\ 
how  many  electrons  must  it  gain  to  achieve  an  octet? 

8.9  Write  the  electron  configuration  for  phosphorus.  Identify 
a  valence  electron  in  this  configuration  and  a  nonvalence 

8.10 

8.11 

electron.  From  the  standpoint  of  chemical  reactivity,  what 
is  the  important  difference  between  them? 

Write  the  electron  configuration  for  the  element  scandi- 
um, Sc.  How  many  valence  electrons  does  this  atom 

possess?  What  distinguishes  these  valence  electrons 
from  the  other  electrons  in  the  atom? 

Write  the  Lewis  symbol  for  atoms  of  each  of  the  follow- 
ing elements:  (a)  Al,  (b)  Br,  (c)  Ar,  (d)  Sr. 

8.12  What  is  the  Lewis  symbol  for  each  of  the  following 

atoms  or  ions:  (a)  K,  (b)  Si,  (c)  Mg2+,  (d)  P3_? 



Exercises 

Ionic  Bonding 

8.13  Using  Lewis  symbols,  diagram  the  reaction  between 

magnesium  and  oxygen  atoms  to  give  the  ionic  sub- 
stance MgO. 

8.14  Use  Lewis  symbols  to  represent  the  reaction  that  occurs 
between  Mg  and  Br  atoms. 

8.15  Predict  the  chemical  formula  ol  the  ionic  compound 
formed  between  the  following  pairs  of  elements:  (a)  Al 
and  F,  (b)  K  and  S,  (c)  Y  and  ( ),  (d)  Mg  and  N. 

8.16  Which  ionic  compound  is  expected  to  form  from  combi- 
nation of  the  following  pairs  ol  elements:  (a)  barium 

and  oxygen,  (b)  rubidium  ami  iodine,  (c)  lithium  and 

sulfur,  (d)  bromine  and  magnesium1 
8.17  Write  the  electron  configuration  for  each  oi  the  follow- 

ing ions,  and  determine  which  ones  possess  noble-gas 

configurations:  (a)  Sr2  ,  (b)  Li2,  (c)  So2  ,  (d)  Ni2', 
(e)  Br  ,  (f)  Mn3 

8.18  Write  electron  configurations  for  the  following  ions,  and 

determine  which  have  noble-gas  configurations: 
(a)  Zn2  ,  (b)  Te2  ,  (c)  Se  '  ,  (d)  Kir  ,  (e)  Tl  ,  (f)  An 

8.19  (a)  Define  the  term  lattice  energy,  (b)  Which  factors  gov  - 
ern the  magnitude  of  the  lattice  energy  ol  an  ionic  com- 

pound? 
8.20  (a)  The  lattice  energies  of  NaF  and  MgO  are  given  in 

Table  8.2.  Account  for  the  difference  in  these  two  quanti- 
ties, (b)  Account  for  the  difference  in  the  lattice  energies 

of  MgCL  and  SrCL,  which  are  also  listed  in  that  table. 

8.21  The  ionic  substances  KT,  Ca(  >,  and  Si  \  are  isoolei  tronic 
(they  have  the  same  number  of  electrons).  Examine  the 

lattice  energies  for  these  substances  in  lable  8.2,  and  ac- 
count for  the  trends  you  observ  e. 

8.22  (a)  Hoes  the  lattice  energ\  ot  an  ionic  solid  increase  i 
decrease  0)  as  the  charges  ot  the  ions  increase,  (ii)  as  the 
si/es  ot  the  ions  increase?  (b)  Using  a  periodic  table, 

arrange  the  following  substances  according  to  their  ex- 
pected lattice  energies,  listing  them  from  lowest  lattice 

energy  to  the  highest:  LiCl,  NaBr,  RbBr,  MgO.  I  ompare 
your  list  with  the  data  in  lable  8.2 

8.23  The  lattice  energies  of  KBr  and  CsCl  are  nearh  equal 
(Table  8.2).  What  can  \  on  conclude  from  this  obsen  ation  ? 

8.24  Explain  the  following  trends  in  lattice  energy: 

(a)  MgO   •  MgCl2;  (b)  NaCl     RbBr  CsBr; 
(c)  BaO  KE 

8.25  Energy  is  required  to  remove  two  electrons  from  Ca  to 

form  Ca~  and  is  also  required  to  add  two  electrons  to  O 
to  form  O"  .  Why,  then,  is  L  aO  stable  relative  to  the  free 
elements? 

8.26  List  the  individual  steps  used  in  constructing  a 

Born-Haber  cycle  for  the  formation  ofCaBn  from  the  el- 
ements. Which  of  these  steps  would  vou  expect  to  be 

exothermic? 

1 8.271  Use  data  from  Appendix  C,  Figure  7. 1 1 ,  and  Table  7.4  to 
calculate  the  lattice  energy  of  RbCl.  Is  this  v  alue  greater 
than  or  less  than  the  lattice  energy  of  NaCl?  Explain. 

1 8.28 1  By  using  data  from  .Appendix  C,  figure  7.11,  lable  7.5, 
and  the  value  ot  the  second  ionization  energv  for  Ca, 

I  145  kj  mol,  calculate  the  lattice  energy  of  CaCU.  Is  this 
value  greater  than  or  less  than  the  lattice  energy  ot 
NaCl?  Explain. 

Covalent  Bonding,  Electronegativity,  and  Bond  Polarity 

8.29  (a)  What  is  meant  by  the  term  cmmlenl  Ih<iii1~!  (b)  Give 
three  examples  of  covalent  bonding,  (c)  A  substance  XY, 
formed  from  two  different  elements,  boils  at  33  C.  Is 

XY  likely  to  be  a  cov  alent  or  an  ionic  substance?  Explain. 
8.30  Which  of  these  elements  is  unlikely  to  form  covalent 

bonds:  S,  H,  K,  Ar,  Si?  Explain  your  choices. 
8.31  Using  Lewis  symbols  and  Lewis  structures,  diagram  the 

formation  of  SiCl;  from  Si  and  CI  atoms. 
8.32  Use  Lewis  symbols  and  Lewis  structures  to  diagram  the 

formation  of  PF3  from  P  and  I  atoms. 
8.33  (a)  Construct  a  Lewis  structure  for  Oi  in  which  each 

atom  achieves  an  octet  of  electrons,  (b)  Explain  w  hv  it  is 
necessary  to  form  a  double  bond  in  the  Lewis  structure, 
(c)  The  bond  in  Oi  is  shorter  than  the  O  —  O  bond  in 

compounds  that  contain  an  O  — O  single  bond.  Explain 
this  observ  ation. 

8.34  The  C  —  S  bond  lengths  in  carbon  disulfide,  CS^,  arc- 
shorter  than  would  be  expected  for  C  — S  single  bonds. 
Use  a  Lewis  structure  to  rationalize  this  observation. 

8.35  (a)  What  is  meant  by  the  term  electronegativ  ity?  (b)  On 
the  Pauling  scale  w  hat  is  the  range  of  electronegativity 
values  for  the  elements?  (c)  Which  element  has  the  great- 

est electronegativity?  (d)  Which  element  has  the  smallest 
electronegativity? 

8.36  (a)  What  is  the  trend  in  electronegativity  going  from  left 

to  right  in  a  row  of  the  periodic  table?  (b)  1  low  do  elec- 
tronegativity values  generally  vary  going  down  a  col- 

umn in  the  periodic  table1  (c)  I  low  do  periodic  trends  in 
electronegativity  relate  to  those  for  ionization  energv 
and  electron  affinity? 

8.37  Using  only  the  periodic  table  as  your  guide,  select  the 
most  electronegative  atom  in  each  ol  the  following  sets: 

(a)  As,  Se,  Br,  I;  (b)  Al,  B,  C,  Si;  (c)  Ge,  As,  I',  Sn;  (d)  I  i, 
Kb,  Be,  Sr. 

8.38  By  referring  only  to  the  periodic  table,  select  (a)  the 
most  electronegative  element  in  group  6A;  (b)  the  least 

electronegative  element  in  the  group  Al,  Si,  I';  (c)  the 
most  electronegative  element  in  the  group  C  ia,  P,  C  I,  Na; 
(d)  the  element  in  the  group  K,  C,  /n,  I ,  that  is  most  like 
ly  to  form  an  ionic  compound  with  Ba. 

8.39  Which  of  the  following  bonds  .ire  polar:     (a)  B     I  . 
(b)  Cl  el,  (c)Se  O,  (d)H  I?  Which  is  the  more 

electronegative  atom  in  eac  h  polar  bond  1 
8.40  Arrange  the  bonds  in  each  ol  the  following  sels  m  order 

of    increasing    polarity:      (a)  t      E,    ( '     I  ,    Be  I 
(b)O— C1,S— Br,  C  — P;(c)C-  S,  B     F,  N  O 

8.41  From  the  data  in  Table  S.3,  calculate  the  el  lei  tivei  I 
on  the  1 1  and  I  atoms  of  the  I  II  molecule  in  uni 
electronic  charge  e. 

8.42  The  iodine  monobromide  molecule,  1 

length  of  2.4C»  A  and  a  dipole  momenl 
(a)  Which  atom  of  the  molecule  is  e> 

negative  charge7  Explain.  (b)Calo  i  (lie  effective 
charges  on  the  I  and  Br  atoms  in  I  Br,  s  of  the  elei  - tronic  charge  c. 
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8.43  Give  the  name  or  chemical  formula,  as  appropriate,  for 

each  of  the  following  substances,  and  in  each  case  pre- 
dict whether  the  bonding  is  better  described  by  the  ionic- 

bonding  or  covalent-bonding  model: 
(a)  manganese! IV)   oxide,   (b)  phosphorus! Ill)  sulfide, 
(c)  cobalt(II)  oxide,  (d)  Cu2S,  (e)  C1F3<  (f)  VFS. 

Lewis  Structures;  Resonance  Structures 

8.45  Draw  Lewis  structures  for  the  following:  (a)  Si  14 4 , 

(b)  CO,  (c)  SF2,  (d)  H2S04  (H  is  bonded  to  O),  (e)  C102", 
(f)  NH2OH. 

8.46  Write  Lewis  structures  for  the  following:  (a)  H2CO  (both 
H  atoms  are  bonded  to  C),  (b)  H202,  (c)  C2F(,  (contains  a 

C  — C  bond),  (d)  AsCV  ,  <e)  H2S03  (H  is  bonded  to  O), 
(f)  C2H2. 

8.47  (a)  When  talking  about  atoms  in  a  Lewis  structure,  what 
is  meant  by  the  term  formal  charge?  (b)  Does  the  formal 
charge  of  an  atom  represent  the  actual  charge  on  that 
atom?  Explain,  (c)  How  does  the  formal  charge  of  an 
atom  in  a  Lewis  structure  differ  from  the  oxidation 
number  of  the  atom? 

8.48  (a)  Write  a  Lewis  structure  for  the  phosphorus  trifluo- 
ride  molecule,  PF3.  Is  the  octet  rule  satisfied  for  all  the 
atoms  in  your  structure?  (b)  Determine  the  oxidation 
numbers  of  the  P  and  F  atoms,  (c)  Determine  the  formal 

charges  of  the  P  and  F  atoms,  (d)  Is  the  oxidation  num- 
ber for  the  P  atom  the  same  as  its  formal  charge?  Explain 

why  or  why  not. 
8.49  Write  Lewis  structures  that  obev  the  octet  rule  for  each 

of  the  following,  and  assign  oxidation  numbers  and  for- 

mal charges  to  each  atom:  (a)  NO",  (b)  POCh  (P  is 
bonded  to  the  three  CI  atoms  and  to  the  O),  (c)  C104~, 
(d)  HCIO,  (H  is  bonded  to  O). 

8.50  For  each  of  the  following  molecules  or  ions  of  sulfur  and 
oxygen,  write  a  single  Lewis  structure  that  obeys  the 
octet  rule,  and  calculate  the  oxidation  numbers  and  for- 

mal charges  on  all  the  atoms:  (a)  S02,  (b)  SO-,,  (c)  SO3  , 

(d)  SO42  \ 
8.51  (a)  Write  one  or  more  appropriate  Lewis  structures  for 

the  nitrite  ion,  N02  .  (b)  With  what  compound  of  oxy- 
gen is  it  isoelectronic?  (c)  What  would  you  predict  for 

Exceptions  to  the  Octet  Rule 

8.57  (a)  State  the  octet  rule,  (b)  Does  the  octet  rule  apply  to 
ionic  as  well  as  to  covalent  compounds?  Explain,  using 
examples  as  appropriate. 

8.58  Considering  the  representative  nonmetals,  what  is  the 
relationship  between  the  group  number  for  an  element 

(carbon,  for  example,  belongs  to  group  14;  see  the  peri- 
odic table  on  the  inside  front  cover)  and  the  number  of 

single  co\  alent  bonds  that  element  needs  to  form  to  con- 
form to  tlic  octet  rule? 

8.59  What  is  tlir  most  common  exception  to  the  octet  rule? 
Give  two  examples. 

8.60  For  elements  in  the  thin!  row  of  the  periodic  table  and 
beyond,  the  octet  rule  is  often  not  obeyed.  What  factors 
are  usualh  1  ited  to  explain  this  fact? 

8.61  Draw  the  Lewis  structures  for  each  of  the  following  ions 
or  molecules.  Identify  those  that  do  not  obey  the  octet 

8.44  Give  the  name  or  chemical  formula,  as  appropriate,  for 

each  of  the  following  substances,  and  in  each  case  pre- 
dict whether  the  bonding  is  better  described  bv  the 

ionic-bonding  or  covalent-bonding  model: 
(a)  manganese(III)  fluoride,  (b)  chromium(VI)  oxide, 
(c)  arsenic(V)  bromide,  (d)  SF4,  (e)  M0CI4,  (f)  ScClv 

the  lengths  of  the  bonds  in  this  species  relative  to  N  —  O 
single  bonds? 

8.52  Consider  the  nitryl  cation,  NOC.  (a)  Write  one  or  more 
appropriate  l  ew  is  structures  for  this  species,  (b)  Are 
resonance  structures  needed  to  describe  the  structure? 

(c)  With  what  familiar  species  is  it  isoelectronic? 

8.53  Predict  the  ordering  of  the  C  — O  bond  lengths  in  CO, 

CO:,and  CO,2  . 8.54  Based  on  Lewis  structures,  predict  the  ordering  of 

N  — O  bond  lengths  in  NO*,  N02  ,  and  NO3  . 
8.55  (a)  Use  the  concept  of  resonance  to  explain  why  all  six 

C  —  C  bonds  in  benzene  are  equal  in  length,  (b)  The  C  —  C 
bond  lengths  in  benzene  are  shorter  than  C  —  C  single 
bonds  but  longer  than  C  =  C  double  bonds.  Use  the  reso- 

nance model  to  explain  this  observation. 
8.56  Mothballs  are  composed  of  naphthalene,  C1()HH,  a  mole- 

cule of  which  consists  of  two  six-membered  rings  of  car- 
bon fused  along  an  edge,  as  shown  in  this  incomplete 

Lewis  structure: 

1 1 

H  C  C  H 
C  C  C 

C  C 
1 1 

1 1 

1 1 

(a)  Write  two  complete  Lewis  structures  for  naphtha- 
lene, (b)  The  observed  C  —  C  bond  lengths  in  the  mole- 

cule are  intermediate  between  C  —  C  single  and  C  =  C 
double  bonds.  Explain,  (c)  Represent  the  resonance  in 

naphthalene  in  a  way  analogous  to  that  used  to  repre- 
sent it  in  benzene. 

rule,  and  explain  why  they  do  not.  (a)  S032~,  (b)  AIH3, 
(c)  N3~,  (d)CH2Cl2,(e)  SbF5. 

8.62  Draw  the  Lewis  structures  for  each  of  the  following 
molecules  or  ions.  Which  do  not  obey  the  octet  rule? 
(a)  CO;,  (b)  IOC,  (c)  BH3,  (d)  BF4 (e)  XeF2. 

8.63  In  the  vapor  phase,  BeCl2  exists  as  a  discrete  molecule, 
(a)  Draw  the  Lewis  structure  of  this  molecule,  using 

only  single  bonds.  Does  this  Lewis  structure  satisfy  the 
octet  rule?  (b)  What  other  resonance  forms  are  possible 

that  satisfy  the  octet  rule?  (c)  Using  formal  charges,  se- 
lect the  resonance  form  from  among  all  the  Lewis  struc- 

tures that  is  most  important  in  describing  BeCl2. 
8.64  (a)  Describe  the  molecule  chlorine  dioxide,  C102,  using 

three  possible  resonance  structures,  (b)  Do  any  of  these 
resonance  structures  satisfy  the  octet  rule  for  every  atom 
in  the  molecule?  Whv  or  why  not?  (c)  Using  formal 
charges,  select  the  resonance  structure(s)  that  is  (are) 
most  important. 



Exercises 

Bond  Enthalpies 

8.65  Using  the  bond  enthalpies  tabulated  in  Table  8.4,  esti- 
mate A//  tor  each  of  the  following  gas-phase  reactions: 

(a) 

H  II 
•    H— O— O— H 

(b)      H  H 
C=C 
H  H 

tl     1 1 

H— O— C— C— O— H 

H  II 

H — C=N  -  • 

(O  2C1- 
-N  — CI 

CI 

II  II 

II  —  C—  C—  D 

II  II 

N=N  +  3  CI  — CI 

8.66  Using  bond  enthalpies  (Table  8.4),  estimate  A//  for  the 

following  gas-phase  reactions: 

Br  Br 

(a)  Bi — C— H  +  CI — CI  >  Bi — C" CI  +  H    C  I 

Br  Br 

H  H 

(b)  H— S— C— C— S— H  +  2  H— Bi  > 

"    "        H  H 

Br— C  —  C—  Br  +  2  H     S  — H 

H  H 

H     H  H 

(c)  H  —  N — N  —  H  +  CI — CI  »  2  H — N  —  CI 

8.67  Using  bond  enthalpies  (Table  8.4),  estimate  A/  /  for  each 
of  the  following  reactions: 

(a)2CH4(£)  -  02{g)   2CHtOH(£) 

<b)H2Q?)  +  Br2(#j   '  2  HBr(-) 
(c)  2  H202(tf)   *  2  H20(#)  t  02(jf) 

|8.68|  Use  bend  enthalpies  (  Table  8.4)  to  estimate  the  enthalpx 
change  for  each  of  the  following  reactions: 

(a)  3H2C=CH2(#)   »  Q,H]2(£)  (the six  carbon  atoms 
from  a  six-membered  ring  with  two  hydrogen  atoms 
on  each  carbon  atom) 

(b)  SiClH3(x)  +  3CUx)   "  SiCl4(ff)  -  3  HCl(tf) 
(c)  8  H2S(g)   -  8  H2(g)  +.Ss(s) 
(See  Figure  7.2.S.  Strictly  speaking,  the  average  bond  en- 

thalpy values  apply  to  species  in  the  gas  phase.  The  heal 
of  formation  of  Sg(g)  is  102.3  kj/mol.  Apply  the  needed 
correction  in  order  to  estimate  the  enthalpy  change  for 
the  reaction  as  shown.) 

8.69  Ammonia  is  produced  directly  from  nitrogen  and  hydro- 
gen bv  using  the  I  laber  process.  The  chemical  reaction  is 

N2(g)  +  3H2(#)   ►  2NH3(g) 

(a)  Use  bond  enthalpies  (Table  S.4)  to  estimate  the  en- 

thalpy change  for  the  reaction,  and  tell  whether  this  re- 
action is  exothermic  or  endothermic.  (b)  Compare  the 

enthalpy  change  you  calculate  in  (a)  to  the  true  enthalpy 
change  as  obtained  using  A//,  v  alues. 

8.70  (a)  Use  bond  enthalpies  to  estimate  the  enthalpy  change- 
tor  the  reaction  of  hydrogen  with  ethene: 

H2(g)  +  C2H4(#)   •  C2H6(#) 

(b)  Calculate  the  standard  enthalpy  change  for  this  reac- 
tion, using  heats  of  formation.  VVhv  does  this  value  dif- 

fer from  that  calculated  in  (a)? 

8.71  Given  the  following  bond-dissociation  energies,  calcu- 
late the  av  erage  bond  enthalpy  for  the  Ti  —  CI  bond. 

AH(kJ/mol) 
TiCUfe) 

—  TiCl3(#)  -  Cl{g) 335 

TiCl,(£) 

->  TiCU(x)  +  CIO?) 
423 

TiCU(x) 
-»  TiCI(x)  +  ClOf) 

444 

TiClQf)  - 

—  T\(g)  +  CKx) 

519 
18.721  (a)  Using  av  erage  bond  enthalpies,  predk  t  whi<  h  of  the 

following  reactions  will  be  most  exothermii : 

(i)  C(g)  +  2F2(g)   >  CF4(jf) 
(ii)  COC?)  +  3  F2   ►  CF4(jj)  +  OF2^) 
(iii)  C02(g)  +  4  F2   ►  CF4(£)  +  2  0F2(j») 
(b)  Explain  the  trend,  it  any,  that  exists  between  reaction 
exothermicitv  and  the  extent  to  which  the  carbon  atom 
is  bonded  to  oxvtien. 

Additional  Exercises 

8.73  How  many  elements  in  the  periodic  table  are  represent- 
ed by  a  Lewis  symbol  with  a  single  dot?  Are  all  these  el- 

ements in  the  same  group?  Explain. 
8.74  (a)  Explain  the  following  trend  in  lattice  energy:  BeH2, 

3205  kj/mol;  MgH2,  2791  kj/  mol;  CaH2,  2410  kj  mol; 
SrH:,  2250  k|/mol;  Ba H 2 ,  2121  k|  mol.  (b)  The  lattice 
energy  of  ZnhU  is  2870  kj/mol.  Based  on  the  data  given 
in  part  (a),  the  radius  of  the  Zn  ion  is  expected  to  be 
closest  to  that  of  which  group  2A  element? 

8.75  Based  on  data  in  Table  S.2,  estimate  (within  30  k|  n 

the  lattice  energy  for  (a)  I  iBr,  (b)  C  sBr,  (c)  Ca(  I 
|8.76|  From  the  ionic  radii  given  in  Figure  7.7 

potential  energy  of  a  Ca     and  O     ion  | 
|ust  touching  (the  magnitude  of  the  elect 
is  given  on  the  back  inside  cover).  < 

gy  of  a  mole  of  such  pairs.  How  doe  alue  com- 
pare with  the  lattice  energy  of  i  I  (able  S.2)7 

Explain  the  different  e. 
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18.771 

8.78 

8.79 

8.80 

18.811 

[8.82] 

8.83 

8.84 

8.85 

8.86 

From  Equation  8.4  and  the  ionic  radii  given  in 
Figure  7.7,  calculate  the  potential  energy  of  the  follow- 

ing pairs  of  ions.  Assume  that  the  ions  arc  separated  by 

a  distance  equal  tp  the  sum  of  their  ionic  radii:  (a)  Na  ', 
Br  ;  (b)  Rb  ,  Br  ;  (c)  Sr:  ,  S:  . 
(a)  How  does  a  polar  molecule  differ  from  a  nonpolar 
one?  (b)  Atoms  X  and  Y  have  different  electronegativi- 

ties. Will  the  diatomic  molecule  X  —  Y  necessarily  be 
polar?  Explain,  (c)  What  factors  affect  the  size  of  the  di- 
pole  moment  of  a  diatomic  molecule? 
Which  of  the  following  molecules  or  ions  contain  polar 

bonds:  (a)  P4,  (b)  I I2S,  (c)  NO,  ,  (d)  S22  ? 
For  the  following  collection  of  nonmetallic  elements,  O, 

P,  Te,  I,  B,  (a)  which  two  would  form  the  most  polar  sin- 
gle bond?  (b)  Which  two  would  form  the  longest  single 

bond?  (c)  Which  two  would  be  likely  to  form  a  com- 
pound of  formula  XY2?  (d)  Which  combinations  of  ele- 
ments would  likely  yield  a  compound  of  empirical 

formula  X2Y-,?  In  each  case  explain  your  answer, 
(a)  Triazine,  C-,H^N3,  is  like  benzene  except  that  in  tri- 
azine  every  other  C  —  H  group  is  replaced  by  a  nitrogen 
atom.  Draw  the  Lewis  structure(s)  for  the  triazine  mole- 

cule, (b)  Estimate  the  carbon-nitrogen  bond  distances  in 
the  ring. 

Using  the  electronegativ  ities  of  Br  and  CI,  estimate  the 

partial  charges  on  the  atoms  in  the  Br  —  CI  molecule. 
Using  these  partial  charges  and  the  atomic  radii  given  in 
Figure  7.7,  estimate  the  dipole  moment  of  the  molecule. 
The  measured  dipole  moment  is  0.57  D. 

Although  L~  is  known,  F3  is  not.  Using  Lewis  struc- 
tures, explain  why  F3  does  not  form. 

Calculate  the  formal  charge  on  the  indicated  atom  in 
each  of  the  following  molecules  or  ions:  (a)  the  central 
oxygen  atom  in  O3,  (b)  phosphorus  in  PF6  ,  (c)  nitrogen 

in  N02/  (d)  iodine  in  IC1 (e)  chlorine  in  HCIO4  (hydro- 
gen is  bonded  to  O). 

(a)  Determine  the  formal  charge  on  the  chlorine  atom  in 
the  hypochlorite  ion,  CIO  ,  and  the  perchlorate  ion, 
CIO4  ,  if  the  CI  atom  has  an  octet,  (b)  What  are  the  oxi- 

dation numbers  of  chlorine  in  CIO  and  in  CIO4  ? 
(c)  What  are  the  essential  differences  in  the  definitions 

of  formal  charge  and  oxidation  number  that  lead  to  the 
differences  in  your  answers  to  parts  (a)  and  (b)? 
The  following  three  Lewis  structures  can  be  drawn  for 
NoO: 

:N  =  N— o: :N— N=0: :N  =  N=0: 

(a)  Using  formal  charges,  which  of  these  three  resonance 

t'  is  likely  to  be  the  most  important?  (b)  The  N  —  N 
bond  length  in  N20  is  1.12  A,  slightly  longer  than  a  typ- 

ical N  N  bond,  and  the  N— O  bond  length  is  1.19  A, 
slightl)  shorter  than  a  typical  N  =  0  bond.  (See 
fable  8.5.)  Rationalize  these  observ  ations  in  terms  of  the 

resonance  structures  shown  prev  iously  and  your  con- 
clusion for  (a). 

8.87  An  important  reaction  for  the  conversion  of  natural  gas 
to  other  useful  hydrocarbons  is  the  conversion  oi 
methane  to  ethane. 

In  practice,  this  reaction  is  carried  out  in  the  presence  of 
oxygen,  which  converts  the  hydrogen  produced  to 
water. 

2CH4(g)  +  102(g)   ►  C2H(,(x)  +  H20(g) 
Use  bond  enthalpies  (Table  8.4)  to  estimate  A/  /  for  these 
two  reactions.  Why  is  the  conversion  of  methane  to 

ethane  more  favorable  when  oxygen  is  used? 
8.88  Two  compounds  die  isomers  if  they  have  the  same 

chemical  formula  but  a  different  arrangement  of  atoms. 
Use  bond  enthalpies  (Table  8.4)  to  estimate  Ml  for  each 
of  the  following  gas-phase  isomerization  reactions,  and 
indicate  which  isomer  has  the  lower  enthalpy: 

H  H 
I  I 

(a)    H— C— C— O— H 
H  H 

Ethanol 

H  II 
I  I 

H— C— O— C— H 

H  H 

Dimethyl  ether 

O 

/  \ 
(b)    H— C— C— H- 

I  I 
li  H 

Ethylene  oxide 

H  O 

H— C— C— H 

I  I 

V  etaldehv  Lie 

(c) 
vv 

/L=Cx II  H 

Cyclopentene 

H    H    H  H 

c=c— c=c— c- 

Pentadiene 1 1 

1 1 

(d)    H — C  —  \=C  — >    H— C— C  =  \ 
I  I 
H  H 

Methyl  isocyanide  Acetonitrile 

[8.891  With  reference  to  the  "Chemistry  at  Work"  box  on  explo- 
sives, (a)  use  bond  enthalpies  to  estimate  the  enthalpy 

change  for  the  explosion  of  1.00  g  of  nitroglycerin, 
(b)  Write  a  balanced  equation  for  the  decomposition  of 
TNT.  Assume  that,  upon  explosion,  TNT  decomposes 

into  N2(g),  C02(g),  H20(x),  and  C(s). 

[8.90]  The  "plastic"  explosive  C-4,  often  used  in  action  movies, 
contains  the  molecule  cyclotrimethylenetrinitramine,  which 
is  often  called  RDX  (for  Royal  Demolition  eXplosive): 

O 

I  I 1  I 

\ 
,N  N, 

/  \ 
H  H 

\ 
O 

2CH4(g) CdU.O  f  H2(?) 
O      H     H  O 

Cyclotrimethylenetrinitramine  (RDX) 
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(a)  Complete  the  Lewis  structure  tor  the  molecule  bv 
adding  unshared  electron  pairs  w  here  they  are  needed. 
(b)  Does  the  Lewis  structure  you  drew  in  part  (a)  have 
any  resonance  structures?  If  so,  how  many?  (c)  The  mol- 

ecule causes  an  explosion  by  decomposing  into  CO(g), 
N2(x),  and  H20(x)-  Write  a  balanced  equation  for  the  de- 

composition reaction,  (d)  With  reference  to  Fable  8.4, 
which  is  the  weakest  type  of  bond  in  the  molecule? 

(e)  Use  average  bond  enthalpies  to  estimate  the  en- 
thalpy change  when  5.0  g  of  RDX  decomposes. 

[ 8.91  J  Consider  this  reaction  involving  the  hypothetical  mole- 
cule A  =  A,  which  contains  a  double  bond: 

A    A  A— A 
11  +  11   *   I  I 
A    A  A— A 

(a)  In  terms  of  D(A=  A )  and  D(A  —  A ),  write  a  general 
expression  tor  the  enthalpy  change  for  this  reaction. 
(b)  What  must  be  the  relationship  between  D(A  =  A) 
and  D(A  —  A)  for  the  reaction  to  be  exothermic?  (c)  11 
the  reaction  is  exothermic,  what  can  you  say  about  the 
strength  of  the  second  bond  between  the  A  atoms  in 

A  =  A  relative  to  the  strength  of  the  first  bond1 

|8.92|  I  he  bond  lengths  of  carbon-carbon,  carbon  nitroge 
carbon-oxygen,  and  nitrogen-nitrogen  single,  double, 
and  triple  bonds  are  listed  in  lable  8.5.  Plot  bond  en- 

thalpy (Table  8.4)  versus  bond  length  for  these  bonds 
What  do  you  conclude  about  the  relationship  between 
bond  length  and  bond  enthalpy?  What  do  you  conclude 

about  the  relative  strengths  of  C  —  C,  C—  N,  (  O, 
and  N  — N  bonds? 

18.931  Use  the  data  in  Table  8.5  and  the  following  data:  S  S 

distance  in  S8  =  2.05  A*  S  —  O  distance  in 
S02  =  1.43  A,   to   answer   the   follow  ing  questions: 
(a)  Predict  the  bond  length  in  an  S  —  N  single  bond. 
(b)  Predict  the  bond  length  in  an  S — O  single  bond. 
(c)  Why  is  the  S  —  O  bond  length  in  SO?  considerably 
shorter  than  your  predicted  value  for  the  S — O  single 
bond?  (d)  When  elemental  sulfur,  S«,  is  carefully  oxi- 

dized, a  compound  SsO  is  formed,  in  which  one  of  the 
sulfur  atoms  in  the  Sg  ring  is  bonded  to  an  oxygen  atom. 

The  S  —  O  bond  length  in  this  compound  is  1.48  \.  In 
light  ol  this  information,  write  Lewis  structures  that  can 
account  for  the  observed  S  O  bond  length.  Hoes  the 
sulfur  bearing  the  oxygen  in  this  compound  obex  the 
octet  rule? 

Integrative  Exercises 

8.94  The  Ti  ion  is  isoelectronic  with  the  Ca  atom,  (a)  Are 

there  any  differences  in  the  electron  configurations  of 

Ti"'  and  Ca?  (b)  With  reference  to  Figure  6.24,  comment 
on  the  changes  in  the  ordering  of  the  4s  and  3,/  subshells 
in  Ca  and  Ii  .  (c)  Will  L  a  and  li  ha\ e  the  same  num- 

ber of  unpaired  electrons?  Explain. 

[8.951  (a)  Write  the  chemical  equations  that  are  used  in  calculat- 
ing the  lattice  energy  of  SrCN(s)  via  a  Born-1  laber  cycle, 

(b)  The  second  ionization  energy  of  Sr(#)  is  1064  kj/mol. 
Use  this  fact  along  with  data  in  Appendix  C,  Figure  7.11, 
Figure  7.12,  and  Table  8.2  to  calculate  Ml,  for  SrCI2(s). 

1 8.96 1  The  electron  affinity  of  oxygen  is  141  k|  mol,  corre- 
sponding to  the  reaction 

0(g)  +  e      —  O  (g) 

The  lattice  energy  of  K20(s)  is  2238  kj/ mol.  Use  these 
data  along  with  data  in  Appendix  C  and  Figure  7.1 1  to 

calculate  the  "second  electron  affinity"  ol  oxygen,  corre- 
sponding to  the  reaction 

O  fg)  +  e      —  O2  (g) 
8.97  The  reaction  of  indium,  In,  with  sulfur  leads  to  three  bina- 

ry compounds,  which  w  e  will  assume  to  be  purely  ionic. 
The  three  compounds  have  the  following  properties: 

Compound Mass  %  In 
Melting  Point  (°C) 

A S7.7 653 

r. 

78.2 
692 

c 70.5 
11)50 

(a)  Determine  the  empirical  formulas  of  compounds  A, 
B,  and  C.  (b)  Give  the  oxidation  state  of  In  in  each  of 

the  three  compounds,  (c)  Write  the  electron  configura- 
tion for  the  In  ion  in  each  compound.  Do  any  of  these 

configurations  correspond  to  a  noble-gas  configura- 
tion? (d)  In  which  compound  is  the  ionic  radius  of  In 

expected  to  be  smallest?  Explain,  (e)  The  melting  point 
of  ionic  compounds  often  correlates  with  the  lattice  en- 

ergy. Explain  the  trends  in  the  melting  points  of  com- 
pounds A,  B,  and  C  in  these  terms. 

|8.98|  One  scale  for  electronegativity  is  based  on  the  concept 
that  the  electronegativity  ol  any  atom  is  proportional 
to  the  ionization  energy  of  the  atom  minus  its  elet  tron 
affinity:  electronegativity  k(\E  I  A),  where  A  is  a 
proportionality  constant  (a)  I  low  does  this  definition 
explain  why  the  electronegativity  of  F  is  greater  than 
that  of  CI  even  though  CI  has  the  greater  ele<  tron  affin- 

ity? (b)  Why  are  both  ionization  energy  and  electron 
affinity  relevant  to  the  notion  ol  electronegativity? 
(c)  By  using  data  in  C_  hapter  7,  determine  the  value  ol  A 
that  would  lead  to  an  electronegativity  of  4.(1  for  I 
under  this  definition,  (d)  Use  your  result  from  part  (c) 
to  determine  the  electronegativities  ol  CI  and  O  using 
this  scale.  Do  these  values  follow  the  trend  shown  in 

Figure  8.6? 
8.99  The  compound  chloral  hydrate,  known  in  detei  live  sto- 

ries as  knockout  drops,  is  composed  ol  14. 52%  C,  is1. 
H,  M.30"..  CI,  and  19.35%  O  by  mass  and  has  a  molar 
mass  of  165.4  g/mol.  (a)  What  is  the  empirical  formula 
of  this  substance?  (b)  What  is  the  molecular  formula  i 
this  substance?  (c)  Draw  the  I  ew  is  structure  of  the  i 
ecule,  assuming  that  the  CI  atoms  bond  to  a  singli 
atom  and  that  there  is  a  C     C  bond  and  tv 
bonds  in  the  compound. 

8.100  Barium  azide  is  62.04%  Ba  ami  37.96%  N  Fa<  h  a/ide  ion 

has  a  net  charge  of  I    .  (a)  Determine  l  e  chemical  for- 
mula of  the  azide  ion.  (b)  Write  three  n  sonance  stru<  - 

tures  for  the  azide  ion.  (c)  Which  structure  is  most 

important?  (d)  Predict  the  bond  lengths  in  the  ion. 
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18.101]  Acetylene  (C2H2)  and  nitrogen  (N2)  both  contain  a  triple 

bond,  but  they  differ  greatly  in  their  chemical  proper- 
ties, (a)  Write  the  l  ewis  structures  for  the  two  sub- 

stances, (b)  By  referring  to  the  index,  look  up  the 
chemical  properties  of  acetylene  and  nitrogen  and  com- 

pare their  reactiv  ities,  (c)  Write  balanced  chemical  equa- 
tions for  the  complete  oxidation  of  N2  to  form  N20=;(x) 

and  of  acetylene  to  form  C02(y)  and  H20(x)-  (d)  Calcu- 
late the  enthalpy  of  oxidation  per  mole  of  N2  and  C2H2 

(the  enthalpy  of  formation  of  N205(g)  is  1 1.3(3  kj  mol). 

How  do  these  comparative  values  relate  to  your  re- 
sponse to  part  (b)?  Both  N2  and  C2H2  possess  triple 

bonds  with  quite  high  bond  enthalpies  (Table  8.4).  What 
aspect  of  chemical  bonding  in  these  molecules  or  in  the 
oxidation  products  seems  to  account  for  the  difference 
in  chemical  reactiv  ities? 

18.102]  Under  special  conditions,  sulfur  reacts  with  anhydrous 
liquid  ammonia  to  form  a  binary  compound  of  sulfur 
and  nitrogen.  The  compound  is  found  to  consist  of 
69.6%  S  and  30.4",.  N.  Measurements  of  its  molecular 
mass  yield  a  value  of  184.3  g  mol  .  The  compound  oc- 

casionally detonates  on  being  struck  or  when  heated 
rapidly.  The  sulfur  and  nitrogen  atoms  of  the  molecule 
are  joined  in  a  ring.  All  the  bonds  in  the  ring  are  of  the 
same  length,  (a)  Calculate  the  empirical  and  molecular 
formulas  for  the  substance,  (b)  Write  Lewis  structures 

for  the  molecule,  based  on  the  information  you  are 
given.  [Hint:  You  should  find  a  relatively  small  number 
of  dominant  Lewis  structures.]  (c)  Predict  the  bond  dis- 

tances between  the  atoms  in  the  ring.  (Note:  The  S  —  S 
distance  in  the  Ss  ring  is  2.03A.)  (d)  The  enthalpy  of  for- 

mation of  the  compound  is  estimated  to  be  480  kj  mol  1 . 
AH°  of  S(g)  is  222.8  kj  mol  '.  Estimate  the  av  erage  bond 
enthalpy  in  the  compound. 

18.103]  A  common  form  of  elemental  phosphorus  is  the  tetrahe- 
dral  P4  molecule: 

v. 

At  room  temperature  phosphorus  is  a  solid,  (a)  Do  you 
think  then'  are  any  unshared  pairs  of  electrons  in  the  P4 
molecule?  (b)  How  many  P — P  bonds  are  there  in 
the  molecule?  (c)  Use  data  in  Appendix  C  to  deter- 

mine the  enthalpy  of  atomization  of  P4(x)-  (d)  Based  on 

thesr  results,  what  value  would  you  give  for  D(P  —  P)? 
(e)  Is  the  P  —  P  bond  stronger  or  weaker  than  an  N  —  N 
single  bond? 

8.104  Use  bond  enthalpies  (Table  8.4),  electron  affinities 
(Figure  7.12),  and  the  ionization  energy  of  hydrogen 

(1312  kj  mol)  to  estimate  AH  for  the  following  gas- 
phase  ionization  reactions: 
(a)  HF(X)   >  H  (x)  +  F  (g) 
(b)  HCl(x)   ►  H  (x)  +  CI  (x) 
(c)  HBr(x)   >  H  (X)  +  Br  (g) 

18.105]  Consider  benzene  (C,Hh)  in  the  gas  phase,  (a)  Write  the 
reaction  for  breaking  all  the  bonds  in  C6H6(x),  and  use 
data  in  Appendix  C  to  determine  the  enthalpy  change 
for  this  reaction,  (b)  Write  a  reaction  that  corresponds  to 
breaking  all  the  carbon-carbon  bonds  in  ChHh(x)-  (c)  By 
combining  your  answers  to  parts  (a)  and  (b)  and  using 

the  average  bond  enthalpy  for  C  —  H  from  Table  8.4,  cal- 
culate the  average  bond  enthalpy  for  the  carbon-carbon 

bonds  in  ChHh(x>-  (d)  Comment  on  your  answer  from 

part  (c)  as  compared  to  the  values  for  C  —  C  single 
bonds  and  C  =  C  double  bonds  in  Table  8.4. 

8.106  Average  bond  enthalpies  are  generally  defined  for  gas- 

phase  molecules.  Many  substances  are  liquids  in  then- 
standard  state.  ')  By  using  appropriate 
thermoehemical  data  from  Appendix  C,  calculate  aver- 

age bond  enthalpies  in  the  liquid  state  for  the  following 

bonds,  and  compare  these  values  to  the  gas-phase  val- 
ues given  in  Table  8.4:  (a)  Br  —  Br,  from  Br2(/); 

(b)C  — CI,  from  CC14(/);  (c)O  — O,  from  H202(/)  (as- 
sume that  the  O  —  H  bond  enthalpy  is  the  same  as  in  the 

gas  phase),  (d)  What  can  y  ou  conclude  about  the 
process  of  breaking  bonds  in  the  liquid  as  compared  to 

the  gas  phase1  Explain  the  difference  in  the  AH  values 
between  the  two  phases. 
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These  exercises  make  use  of  the  inter. u  ti\  e  objects  a\  ailable  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Accel- 

erator CD.  Access  to  these  resources  comes  in  your  MediaPak. 
8.107  The  principle  that  oppositely  charged  particles  attract 

one  another  and  like  charges  repel  one  another  is  sum- 

marized in  Coulomb's  law.  Irv  some  experiments  using 
the  Coulomb's  Law  activit)  (8.2)  to  get  a  feel  for  the 
magnitudes  of  attractive  and  repulsive  forces  between 

charged  particles,  (a)  Between  which  parti<  les  is  the  .it- 
tractive  force  the  stronger:  a  partic  le  with  a  charge  2  of 

at  a  distance  of  3  A  from  a  partic  le  with  a  c  barge  of  *  1 ; 
or  a  particle  with  a  charge  ol  I  at  a  distance  of  2  A 

from  a  particle  with  a  charge  of  *  I  ?  (b)  Consider  a  par- 

ticle with  a  charge  of  '  "5  at  a  distance  of  5  A  from  a  par- 
ticle with  a  charge  of  3.  It  there  were  another 

negatively  charged  particle  in  between  the  two,  w  hat 
would  you  expect  to  happen  to  the  magnitude  of  the  at- 

tractive force  between  them? 

8.108  In  Exercise  8.22(a)  you  assessed  the  effects  of  ionit  size 
and  ionic  charge  on  lattice  energy  separately.  When  si/e 
and  charge  are  both  significantly  different,  a  more  quan- 

titative approach  is  required  to  compare  lattice  energies. 

Use  the  ionic  radii  in  Figure  7.7  and  the  Coulomb's  Law 
activity  (8.2)  to  determine  whic  h  w  ould  ha\  e  the  greater 
lattice  energy:  CaSe  or  I  ,iF. 

8.109  Covalent  bonding  can  occur  when  atoms  are  close 
enough  to  share  electrons.   The  H2  Bond  Formation 

animation  (8.3)  describes  this  process  for  the  formation 
of  a  single  bond  between  two  hydrogen  atoms.  Bonds 
can  also  form  this  way  between  nitrogen  atoms.  Unlike 
hydrogen  atoms,  though,  nitrogen  atoms  can  form  more 
than  one  bond.  N  —  N,  N  =  N,  and  N  =  N  bonds  .ire  all 
possible.  Section  8.3  explained  that  bond  length  decreas- 

es with  increasing  number  of  shared  electron  pans  be- 
tween atoms.  Thus,  the  N=N  bond  is  the  shortest  ol 

the  three.  Explain  why  this  is  so  in  terms  of  the  informa- 
tion provided  in  the  movie. 

8.110  The  Molecular  Polarity  activity  (8.4)  allows  you  to  deter- 
mine the  polarity  of  bonds  and  of  molecules,  (a)  I  low  is  it 

possible  for  a  molecule  that  contains  polar  bonds  to  be 
nonpolar?  (b)  Is  it  possible  for  a  molec  ule  containing  onl\ 

nonpolar  bonds  to  be  polar1  Explain. 
8.111  One  of  the  elements  that  can  violate  the  octet  rule  is 

boron.  An  example  of  a  compound  in  which  boron  has 
fewer  than  eight  electrons  around  it  is  BF3.  The  BF, 

3-D  model  (8.7)  illustrates  the  molecule's  most  impor- tant resonance  structure,  (a)  What  characteristics  of 

boron  allow  it  to  exist  with  less  than  a  full  octet1 
(b)  Boron  w///  obey  the  octet  rule  in  substances  such  as 

the  adduct  displayed  in  BF, —  NH,  3-D  model  (8.7).  Are 
the  formal  charges  on  boron  and  nitrogen  completely 
consistent  with  the  electronegativities  of  the  two  ele- 

ments1 (Is  it  possible  to  draw  a  resonance  structure  in 

w  hich  you  think  they  are  more  consistent1) 
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WHAT'S  AHEAD 

•  Wo  begin  by  discussing  how 
molecular  geometries  are  described 
and  by  examining  some  common 
geometries  exhibited  bv  molecules. 
(Section  9.1) 

•  We  next  consider  how  molecular 
geometries  can  be  predicted  using  a 
simple  model  (the  VSEPR  model) 
based  largely  on  Lewis  structures 
and  the  repulsions  between  regions 
of  high  electron  density.  (Section  9.2) 

•  Once  we  know  the  types  of  bonds  in 
a  molecule  and  its  molecular 

geometry,  we  can  determine  whether 
the  molecule  is  polar  or  nonpolar. 
(Section  9.3) 

•  We  then  examine  the  valence- 

bond  theory,  a  model  of 
molecular  bonding  that  helps  us 
understand  why  molecules  form 
bonds  and  why  they  have  the 
shapes  thev  do.  (Section  9.4) 

•  To  account  for  molecular 

shape,  we  consider  how 
the  orbitals  of  an  atom  mix 
with  one  another,  or 

hybridize,  to  produce 
orbitals  suitable  for 

bonding  within  molecules. 
(Section  9.5) 
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Covalent  bonds  can  be 
considered  as  arising 
from  the  overlap  of 
atomic  orbitals,  and  we 
will  examine  how  orbital 

overlap  leads  to  sigrna  (a)  and  pi 
(tt)  bonds  between  atoms.  (Section  9.6) 

We  will  see  that  a  single  bond 
generally  consists  of  a  single  sigma 
bond  between  the  bonded  atoms  and 

a  multiple  bond  involves  a  <r  bond 
and  one  or  more  tt  bonds. 

(Seel ion  c).d) 
Finally,  we  discuss  molecular  orbital 
theory,  a  model  of  chemical  bonding 
that  provides  additional  insight  into 
the  electronic  structures  of 
molecules.  (Sections  9.7  and  9.8) 



Molecular  Geometry 

and  Bonding  Theories 

THE  ANTICANCER  DRUG  TAXOL R  was  originally  isolated  from  the  bark  of  the  Pacific  yew  tree. 
Chemists  have  now  learned  how  to  synthesize  this  important  pharmaceutical  in  the  laboratory  without 

harvesting  these  slow-growing  and  relatively  rare  trees. 

WE  SAW  IN  CHAPTER  8  THAT  LEWIS  STRUCTURES  help  us  under- 

stand the  compositions  of  molecules  and  their  co- 

valent  bonds.  However,  Lewis  structures  do  not 

show  one  of  the  most  important  aspects  of 

molecules — their  overall  shapes.  Molecules 
have  shapes  and  sizes  that  are  defined  by  the  angles  and  distances 
between  the  nuclei  of  their  component  atoms.  Indeed,  chemists 
often  reler  to  molecular  architecture  in  describing  the  distinctive 

shapes  and  sizes  of  molecules. 
The  shape  and  si/c  of  a  molecule  ol  a  particular  substance, 

together  with  the  strength  and  polarity  ol  its  bonds,  largely 
determine  the  properties  of  that  substance.  Some  of  the 

most  dramatic  examples  of  the  important  roles  of  molecu- 

•  'ar  sriaPe  lin^  s'/c'  are  seen  in  biochemical  reactions  and 
in  substances  produced  by  living  species.  For  example, 

the  chapter-opening  photograph  shows  a  Pacific  yew 
tree,  a  species  that  grows  along  the  Pacific  coast  of 
the  northwestern  United  States  and  Canada.  In 

1967  two  chemists  isolated  from  the  bark  of  the 

:  yew  small  amounts  of  a  molecule  th.it 
found  to  be  among  the  most  effective 
fitments  tor  breast  and  ovarian  cancer, 

his  molecule,  now  known  as  tin1  phar- 
maceutical Taxol  ,  has  a  complex  molec- 

ular  architecture    that    leads    to  its 

powerful    therapeutic  effectiveness, 
wen  a  small  modification  to  the 

shape  and  size  of  the  molecule  de- 
creases its  effectiveness  and  can 

lead  to  formation  ol  a  substance 

toxic   to   humans.  Chemists 

have    recently  discovered 

how  to  synthesize  the  dm  . 
in  the  laboratory  which 

A'  #;         has  made  il  m<  tc  .r  nl 
able  and  has  savi 

345 
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3-D  MODEL 
Carbon  Tetrachloride 

▲  Figure  9.1   Tetrahedral  geometry. 
(a)  A  tetrahedron  is  an  object  with  four  faces  and 
four  vertices.  Each  face  is  an  equilateral  triangle. 
(b)  The  geometry  of  the  CCf,  molecule.  Each 
C  —  CI  bond  in  the  molecule  points  toward  a 
vertex  of  a  tetrahedron  All  of  the  C  —  CI  bonds 
are  the  same  length,  and  ill  of  the  CI     C  CI 
bond  angles  are  the  same  This  type  of  drawing  of 
CCL,  is  called  a  ball-and-stick  model. 
(c)  A  representation  of  CCI4,  called  a  space-filling 
model.  It  shows  ti  e  relative  sizes  of  the  atoms, 
but  the  geometry  is  somewhat  harder  to  see. 

slow-growing  Pacific  yew  tree  from  possible  extinction.  (Six  trees  had  to  be  har- 
vested in  order  to  provide  the  Taxol  to  treat  one  cancer  patient.) 

The  sensations  of  smell  and  vision  depend  in  part  on  molecular  architec- 
ture. When  you  inhale,  molecules  in  the  air  are  carried  past  receptor  sites  in 

your  nose.  If  the  molecules  have  the  right  shape  and  si/e,  they  can  fit  properly 
on  these  receptor  sites,  which  transmit  impulses  to  the  brain.  The  brain  then 
identifies  these  impulses  as  a  particular  aroma,  such  as  the  aroma  of  freshlv 
baked  bread.  The  nose  is  so  good  at  molecular  recognition  that  two  substances 
may  produce  different  sensations  of  odor  even  when  their  molecules  differ  as 

subtly  as  your  right  hand  differs  from  your  left.  The  2004  Nobel  Prize  in  Physi- 
ology or  Medicine  was  awarded  to  two  American  scientists  for  their  studies  of 

the  molecular  basis  of  the  sense  of  smell. 

Our  first  goal  in  this  chapter  is  to  learn  the  relationship  between  two- 
dimensional  Lewis  structures  and  three-dimensional  molecular  shapes.  Armed 
with  this  knowledge,  we  can  then  examine  more  closely  the  nature  of  covalent 

bonds.  The  lines  that  are  used  to  depict  bonds  in  Lewis  structures  provide  im- 
portant clues  about  the  orbitals  that  molecules  use  in  bonding.  By  examining 

these  orbitals,  we  can  gain  a  greater  understanding  of  the  behavior  of  mole- 
cules. You  will  find  that  the  material  in  this  chapter  will  help  vou  in  later  dis- 

cussions of  the  physical  and  chemical  properties  of  substances. 

9.1  |  Molecular  Shapes  

In  Chapter  8  we  used  Lewis  structures  to  account  for  the  formulas  of  covalent 
compounds.  Lewis  structures,  however,  do  not  indicate  the 
shapes  of  molecules;  they  simply  show  the  number  and  types  of  bonds  between 
atoms.  For  example,  the  Lewis  structure  of  CC14  tells  us  only  that  four  CI  atoms 
are  bonded  to  a  central  C  atom: 

:&: 

:C1— C— Cl: 

The  Lewis  structure  is  drawn  with  the  atoms  all  in  the  same  plane.  As  shown  in 

Figure  9.1  -4,  however,  the  actual  three-dimensional  arrangement  of  the  atoms 
shows  the  Cl  atoms  at  the  corners  of  a  tetrahedron,  a  geometric  object  with  four 
corners  and  four  faces,  each  of  which  is  an  equilateral  triangle. 

The  overall  shape  of  a  molecule  is  determined  by  its  bond  angles,  the  an- 
gles made  by  the  lines  joining  the  nuclei  of  the  atoms  in  the  molecule.  The  bond 

angles  of  a  molecule,  together  with  the  bond  lengths  (Section  8.8),  accurately 
define  the  shape  and  size  of  the  molecule.  In  CC14  the  bond  angles  are  defined 

as  the  angles  between  the  C  —  Cl  bonds.  You  should  be  able  to  see  that  there  are 

six  Cl  — C  —  Cl  angles  in  CCL- ,  and  they  all  have  the  same  value  (109.5°,  which 
is  characteristic  of  a  tetrahedron).  In  addition,  all  four  C  —  Cl  bonds  are  the 
same  length  (1.78  A).  Thus,  the  shape  and  size  of  CC14  are  completely  described 

by  stating  that  the  molecule  is  tetrahedral  with  C  —  Cl  bonds  of  length  1.78  A. 
In  our  discussion  of  the  shapes  of  molecules,  we  will  begin  with  molecules 

(and  ions)  that,  like  CC14,  have  a  single  central  atom  bonded  to  two  or  more 
atoms  of  the  same  type.  Such  molecules  conform  to  the  general  formula  AB„,  in 
which  the  central  atom  A  is  bonded  to  n  B  atoms.  Both  C02  and  H20  are  AB2 

molecules,  for  example,  whereas  SO?  and  NH3  are  AB3  molecules,  and  so  on. 

The  possible  shapes  of  AB„  molecules  depend  on  the  value  of  n.  For  a  given 
value  of  //,  only  a  few  general  shapes  are  observed.  Those  commonly  found  for 
AB2  and  AB3  molecules  are  shown  in  Figure  9.2  ►.  Thus,  an  AB2  molecule  must 

be  either  linear  (bond  angle  =  180°)  or  bent  (bond  angle  ̂   180°).  For  example, 
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CO2  is  linear  and  SO2  is  bent.  For  AB^  molecules,  the  two  most  common 

shapes  place  the  B  atoms  at  the  corners  of  on  equilateral  triangle.  It  the  A  atom 
lies  in  the  same  plane  as  the  B  atoms,  the  shape  is  called  trigonal  planar.  It  the  A 
atom  lies  above  the  plane  of  the  B  atoms,  the  shape  is  called  trigonal  pyramidal 

(a  pyramid  with  an  equilateral  triangle  as  its  base).  For 

example,  SO  3  is  trigonal  planar  and  NF3  is  trigo- 
nal pyramidal.  Some  AB^  molecules,  such  as 

CIF3,  exhibit  the  more  unusual  T  shape 
shown  in  Figure  9.2. 

The  shape  of  any  particular  AB,,  mole- 
cule can  usually  be  derived  from  one  ot  the 

five    basic    geometric    structures    shown  in 
Figure  9.3  ►.  Starting  with  a  tetrahedron,  for  example, 
we  can  remove  atoms  successively  from  the  corners  as 
shown  in  Figure  9.4  T.  When  an  atom  is  removed 
from  one  corner  of  the  tetrahedron,  the  remaining 

fragment  has  a  trigonal-pyramidal  geometry  such  as 
that  found  for  NF3.  When  two  atoms  are  removed,  a 

bent  geometry  results. 

Why  do  so  many  AB,,  molecules  have  shapes  relat- 
ed to  the  basic  structures  in  Figure  9.3,  and  can  we  pre- 

dict these  shapes?  When  A  is  a  representative  element  (one 
of  the  elements  from  the  s  block  or  p  block  of  the  periodic  table 

'Ml 

T  Figure  9.3   Shapes  of  AB„  molecules. 
For  molecules  whose  formula  is  of  the  general 
form  AB,„  there  are  five  fundamental  shapes. 
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A  Figure  9.4   Derivatives  from  the  AB„  geometries 
molecular  shapes  can  be  obtained  by  removing  corner  atoi 
basic  shapes  shown  in  Figure  9.3.  Here  we  begin  with  a  U 
successively  remove  corners,  producing  first  a  ti 
geometry  and  then  a  bent  geometry,  each  having 

109.5°  Molecular  shape  is  meaningful  only  when  t  st  three 
atoms  If  there  are  only  two,  they  must  be  arran 
and  no  special  name  is  given  to  describe  the  mof 
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(a)  Two  balloons  adopt  a 
linear  arrangement. 

(b)  Three  balloons  adopt  a 
t  r  i  gon  a  I  -  p  I  a  n  a  r  a  rra  n  ge  m  en  t . 

(c)  Four  balloons  adopt  a 
tetrahedral  arrangement. 

▲  Figure  9.5  A  balloon  analogy  for 
electron  domains.  Balloons  tied  together  at 
their  ends  naturally  adopt  their  lowest-energy 
arrangement. 

ANIMATION 
VSEPR 

we  can  answer  these  questions  by  using  the  valence-shell  electron-pair  repul- 
sion (VSEPR)  model.  Although  the  name  is  rather  imposing,  the  model  is  quite 

simple,  and  it  has  useful  predictive  capabilities,  as  we  will  see  in  Section  9.2. 

Q    GIVE  IT  SOME  THOUGHT 

One  of  the  common  shapes  for  AB4  molecules  is  square  planar.  All  five  atoms  lie  in 
the  same  plane,  the  atoms  B  lie  at  the  corners  of  a  square,  and  the  atom  A  is  at  the 

center  of  the  square.  Which  of  the  shapes  in  Figure  9.3  could  lead  to  a  square-planar 
geometry  upon  the  removal  of  one  or  more  atoms? 

9.2  I  The  VSEPR  Model 

Imagine  tying  two  identical  balloons  together  at  their  ends.  As  shown  in 
Figure  9.5(a)  4,  the  balloons  naturally  orient  themselves  to  point  away  from 

each  other;  that  is,  they  try  to  "get  out  of  each  other's  way"  as  much  as  possible. 
If  we  add  a  third  balloon,  the  balloons  orient  themselves  toward  the  vertices  of 

an  equilateral  triangle  as  in  Figure  9.5(b).  If  we  add  a  fourth  balloon,  they  adopt 
a  tetrahedral  shape  [Figure  9.5(c)].  We  see  that  there  is  an  optimum  geometry 
for  each  number  of  balloons. 

In  some  ways  the  electrons  in  molecules  behave  like  the  balloons  in  Figure 
9.5.  We  have  seen  that  a  single  covalent  bond  is  formed  between  two  atoms 
when  a  pair  of  electrons  occupies  the  space  between  the  atoms. 

A  bonding  pair  of  electrons  thus  defines  a  region  in  which  the  electrons 
will  most  likely  be  found.  We  will  refer  to  such  a  region  as  an  electron  domain. 

Likewise,  a  nonbonding  pair  (or  lone  pair)  of  electrons  defines  an  electron  do- 
main that  is  located  principally  on  one  atom.  For  example,  the  Lewis  structure 

of  NH3  has  a  total  of  four  electron  domains  around  the  central  nitrogen  atom 

(three  bonding  pairs  and  one  nonbonding  pair): 

Nonbonding  pair 

H— N— H 

H 
Bonding  pairs 

Each  multiple  bond  in  a  molecule  also  constitutes  a  single  electron  domain. 
Thus,  the  following  resonance  structure  for  O3  has  three  electron  domains 

around  the  central  oxygen  atom  (a  single  bond,  a  double  bond,  and  a  nonbond- 
ing pair  of  electrons): 

:0  — 0=0 

In  general,  then,  each  nonbonding  pair,  single  bond,  or  multiple  bond  produces  an 
electron  domain  around  the  central  atom. 

Q    GIVE  IT  SOME  THOUGHT 

An  AB3  molecule  has  the  resonance  structure 

:B: 

:B  —  A  —  B: 

Does  this  Lewis  structure  follow  the  octet  rule?  How  many  electron  domains  are 
there  around  the  atom  A? 
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Because  electron  domains  ore  negatively  charged,  they  repel  one  another. 
Therefore,  like  the  balloons  in  Figure  93,  electron  domains  try  to  stay  out  of  one 

another's  way.  The  best  arrangement  of  a  given  number  of  electron  domains  is  the  one 
that  minimizes  the  repulsions  among  them.  This  simple  idea  is  the  basis  of  the 
VSEPR  model.  In  fact,  the  analogy  betw  een  electron  domains  and  balloons  is  so 
close  that  the  same  preferred  geometries  are  found  in  both  cases.  Thus,  like  the 

balloons  in  Figure  9.5,  two  electron  domains  are  arranged  linearly,  three  do- 
mains are  arranged  in  a  trigonal-planar  fashion,  and  tour  are  arranged 

tetrahedrally.  These  arrangements,  together  with  those  for  five  electron  domains 
(trigonal  bipyramidal)  and  six  electron  domains  (octahedral),  are  summarized  in 
Table9.1  ▼.  If  you  compare  the  geometries  in  [able  9.1  with  those  in  Figure  9.3, 
you  will  see  that  thee  are  the  same.  The  shapes  of  different  ABn  molecules  or  ions 
depend  on  the  number  of  electron  domains  surrounding  the  central  A  atom. 

TABLE  9.1  Electron-Domain  Geometries  as  a  Function  of  the  Number  of 
Electron  Domains 

Number  of  Arrangement  of  Flection-Domain  Predicted 
Electron  Domains     Electron  Domains  Geometry  Bond  Angles 

linear  ISO 
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Nhh     — 1>     H— N— H 

H 

Lewis  structure  Electron-domain  geometry  Molecular  geometry 
(tetrahedral)  (trigonal  pyramidal) 

▲  Figure  9.6   The  molecular  geometry  of  NH3.  The  geometry  is  predicted  by  first  drawing  the  Lewis  structure,  then 
using  the  VSEPR  model  to  determine  the  electron-domain  geometry,  and  finally  focusing  on  the  atoms  themselves  to  describe 
the  molecular  geometry. 

The  arrangement  of  electron  domains  about  the  central  atom  of  an  AB„  mol- 
ecule or  ion  is  called  its  electron-domain  geometry.  In  contrast,  the  molecular 

geometry  is  the  arrangement  of  only  the  atoms  in  a  molecule  or  ion — any  non- 
bonding  pairs  are  not  part  of  the  description  of  the  molecular  geometry.  In  the 

VSEPR  model,  we  predict  the  electron-domain  geometry,  and  from  knowing 
how  many  domains  are  due  to  nonbonding  pairs,  we  can  then  predict  the  mole- 

cular geometry  of  a  molecule  or  ion  from  its  electron-domain  geometry. 
When  all  the  electron  domains  in  a  molecule  arise  from  bonds,  the  molecular 

geometry  is  identical  to  the  electron-domain  geometry.  When,  however,  one  or 
more  of  the  domains  invok  e  nonbonding  pairs  of  electrons,  we  must  remember 
to  ignore  those  domains  when  predicting  molecular  shape.  Consider  the  Nhh 
molecule,  for  instance,  which  has  four  electron  domains  around  the  nitrogen 

atom  (Figure  9.6  ▲).  We  know  from  Table  C>.1  that  the  repulsions  among  four  elec- 
tion domains  are  minimized  when  the  domains  point  toward  the  vertices  of  a 

tetrahedron — the  electron-domain  geometry  of  NH3  is  tetrahedral.  We  know 
from  the  Lewis  structure  of  NFP,  that  one  of  the  electron  domains  is  due  to  a  non- 

bonding  pair  of  electrons,  which  will  occupy  one  of  the  four  vertices  of  the  tetra- 
hedron. Hence  the  molecular  geometry  of  NEP,  is  trigonal  pyramidal,  as  shown 

in  Figure  .  \otice  that  it  is  the  tetrahedral  arrangement  of  the  four  electron 

domains  that  leads  us  to  predict  the  trigonal-pyramidal  molecular  geometry. 
We  can  generalize  the  steps  we  follow  in  using  the  VSEPR  model  to  predict 

the  shapes  of  molecules  or  ions: 

1.  Draw  the  Lewis  structure  of  the  molecule  or  ion,  and  count  the  total  number 

of  electron  domains  around  the  central  atom.  Each  nonbonding  electron 

pair,  each  single  bond,  each  double  bond,  and  each  triple  bond  counts  as  an 
electron  domain. 

2.  Determine  the  electron-domain  geometry  by  arranging  the  electron  domains 
about  the  central  atom  so  that  the  repulsions  among  them  are  minimized, 
as  shown  in  Table  9.1. 

3.  Use  the  arrangement  of  the  bonded  atoms  to  determine  the  molecular  geometry. 

Figure  9.6  shows  how  these  steps  are  applied  to  predict  the  geometry  of  the 

NFD,  molecule.  Because  the  trigonal-pyramidal  molecular  geometry  is  based  on 

a  tetrahedral  electron-domain  geometry,  the  ideal  bond  angles  are  109.5°.  As  we 
will  soon  see,  bond  angles  deviate  from  the  ideal  angles  when  the  surrounding 
atoms  and  electron  domains  are  not  identical. 

Let's  apply  these  steps  to  determine  the  shape  of  the  C02  molecule.  We  first 
draw  its  Lewis  structure,  which  reveals  two  electron  domains  (two  double 
bonds)  around  the  central  carbon: 

:b=c=d: 



Two  electron  domains  will  arrange  themselves  to  give  a  linear  electron-domain 
geometry  (Table  9.1).  Because  neither  ol  the  domains  is  a  nonbonding  pair  of 

electrons,  the  molecular  geometry  is  also  linear  and  the  O  —  C  —  O  bond  angle 
is  180  . 

Table  9.2  Y  summarizes  the  possible  molecular  geometries  w  hen  an  AB„ 

molecule  has  four  or  fewer  electron  domains  about  A.  These  geometries  are  im- 

portant because  they  include  all  the  commonly  occurring  shapes  found  tor  mol- 
ecules or  ions  that  obey  the  octet  rule. 

9.2         The  VSEPR  Mode 

3-D  MODELS 

VSEPR:  Basic  Molecular  Configurations 

TABLE  9.2  Electron-Domain  Geometries  and  Molecular  Shapes  for  Molecules  with  Two,  Three,  and  Four 
Electron  Domains  Around  the  Central  Atom 

Number  of  Electron- 
Electron  Domain  Bonding  Nonbonding  Molecular 
Domains           Geometry           Domains  Domains  Geometry 

Example 

Linear 
BAB 

Linear o— c— o 

B 

:i  : 

Trigonal  planar 

B  ̂   B 

Trigonal  planar 

I  ■ 
B  B 

Bent 

N 
.-//  \-. 

O.  p. 

B 
I  I 

R  A 

B  B 

Tetrahedral Tetrahedral 

A  X 
B  ,!  II  ' 

B  H 

Trigonal 

p\  ramidal 

2 2 

6. 
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Hi  SAMPLE  EXERCISE  9.1  |  Using  the  VSEPR  Model 

Use  the  VSEPR  model  to  predict  the  molecular  geometry  of  (a)  O3,  (b)  SnCL.  . 

Solution 

Analyze:  We  are  given  the  molecular  formulas  of  a  molecule  and  a  polyatomic  ion,  both  conforming  to  the  general  formula  AB„ 
and  both  having  a  central  atom  from  the  />  block  of  the  periodic  table. 
Plan:  To  predict  the  molecular  geometries  of  these  species,  we  first  draw  their  Lewis  structures  and  then  count  the  number  of 
electron  domains  around  the  central  atom.  The  number  of  electron  domains  gives  the  electron-domain  geometry.  We  then  obtain 
the  molecular  geometry  from  the  arrangement  of  the  domains  that  are  due  to  bonds. 

Solve:  (a)  We  can  draw  two  reso- 
nance structures  for03:  :0 — 0=0  «  *  0=0 — O: 

Because  of  resonance,  the  bonds  be- 
tween the  central  O  atom  and  the 

outer  O  atoms  are  of  equal  length.  In 
both  resonance  structures  the  cen- 

tral O  atom  is  bonded  to  the  two 
outer  O  atoms  and  has  one  non- 
bonding  pair.  Thus,  there  are  three 
electron  domains  about  the  central 
O  atoms.  (Remember  that  a  double 

bond  counts  as  a  single  electron  do- 
main.) The  best  arrangement  of 

three  electron  domains  is  trigonal 

planar  (Table  L>.\).  Two  of  the  do- 
mains are  from  bonds,  and  one  is 

due  to  a  nonbonding  pair,  so  the 
molecule  has  a  bent  shape  with  an 

ideal  bond  angle  of  120°  (Tabled 2).  O  O 

o 

As  this  example  illustrates,  when  a  molecule  exhibits  resonance,  any  one  of  the  resonance  structures  can  be  used  to  predict 
the  molecular  geometry. 

(b)  The  Lewis  structure  for  the 

SnCl3~  ion  is 

The  central  Sn  atom  is  bonded  to  the 
three  CI  atoms  and  has  one  non- 
bonding  pair.  Therefore,  the  Sn 
atom  has  four  electron  domains 

around  it.  The  resulting  electron- 
domain  geometry  is  tetrahedral 
(Table  9.1)  with  one  of  the  corners 
occupied  by  a  nonbonding  pair  of 
electrons.  The  molecular  geometry 
is  thus  trigonal  pyramidal  (Table 
9.2),  like  that  of  NH  v 

:C1— Sn— Ci: 

:Cl: 

CI" 

CI 

CI 
CI 

Sn 
CI 

CI 

■1  PRACTICE  EXERCISE 

Predict  the  electron-domain  geometry  and  the  molecular  geometry  for  (a)  SeCL,  (b)  CO3  . 
Answers:  (a)  tetrahedral,  bent;  (b)  trigonal  planar,  trigonal  planar 

The  Effect  of  Nonbonding  Electrons 

and  Multiple  Bonds  on  Bond  Angles 

We  can  refine  the  VSEPR  model  to  predict  and  explain  slight  distortions  of  mol- 
ecules from  the  ideal  geometries  summarized  in  Table  9.2.  For  example,  consid- 

er methane  (CH4),  ammonia  (NH3),  and  water  (H20).  All  three  have 

tetrahedral  electron-domain  geometries,  but  their  bond  angles  differ  slightly: 



9.2 
VSFTR  Mode 

J; 

H 

Bonding  electron  pair 

I  I 

I!  / 

H /•'II 

H  "M  s 

Notice  that  the  bond  angles  decrease  as  the  number  of  nonbonding  electron 

pairs  increases.  A  bonding  pair  of  electrons  is  attracted  by  both  nuclei  of  the 
bonded  atoms.  By  contrast,  a  nonbonding  pair  is  attracted  primarily  by  only 
one  nucleus.  Because  a  nonbonding  pair  experiences  less  nuclear  attraction,  its 
electron  domain  is  spread  out  more  in  space  than  is  the  electron  domain  for  a 

bonding  pair,  as  shown  in  Figure  9. 7  ►.  As  a  result,  electron  domains  for  nonbond- 
ing electron  pairs  exert  greater  repulsive  forces  on  adjacent  electron  domains  and  thus 

tend  to  compress  the  bond  angles.  Using  the  analogy  in  Hgure  9.5,  we  can  envision 
the  domains  for  nonbonding  electron  pairs  as  represented  by  balloons  that  are 
slightly  larger  and  slightly  tatter  than  those  for  bonding  pairs. 

Because  multiple  bonds  contain  a  higher  electronic-charge  density  than  sin- 

gle bonds,  multiple  bonds  also  represent  larger  electron  domains  ("tatter  bal- 
loons"). Consider  the  Lewis  structure  of  phosgene,  CNCO: :C1 

\ 
c=o 

:(  I 

Because  the  central  carbon  atom  is  surrounded  by  three  electron  domains,  we 

might  expect  a  trigonal-planar  geometry  with  120  bond  angles.  The  double  bond 
seems  to  act  much  like  a  nonbonding  pair  of  electrons,  however,  reducing  the 

CI  —  C  —  CI  bond  angle  from  the  ideal  angle  of  120  to  an  actual  angle  of  1 1 1 .4  : 

124 

ci 

In  general,  electron  domains  for  multiple  bonds  exert  a  greater  repulsive  force  on 
adjacent  electron  domains  than  do  electron  domains  for  single  bonds. 

Q    GIVE  IT  SOME  THOUGHT 

One  of  the  resonance  structures  of  the  nitrate  ion,  N03  ,  is 

:Q: 
II 

•P  P.- 

The  bond  angles  in  this  ion  are  exactly  120°.  Is  this  observation  consistent  with  the 
above  discussion  of  the  effect  of  multiple  bonds  on  bond  angles? 

0 

Nu(  lei 

Nonbonding  pa 

▲  Figure  9.7  Relative  "sizes"  of  bonding 
and  nonbonding  electron  domains. 

Molecules  with  Expanded  Valence  Shells 

Our  discussion  of  the  VSEPR  model  thus  far  has  involved  molecules  with  no 

more  than  an  octet  of  electrons  around  the  central  atom.  Recall,  however,  that 

when  the  central  atom  of  a  molecule  is  from  the  third  period  of  the  periodic 
table  and  beyond,  that  atom  may  have  more  than  tour  electron  pairs  around  it. 

Molecules  with  five  or  six  electron  domains  around  the  cen- 

tral atom  display  a  variety  of  molecular  geometries  based  on  the  trigonal- 
bipyramidal  (five  electron  domains)  or  the  octahedral  (six  electron  domains) 

electron-domain  geometries,  as  shown  in  Table  9.3  ►. 
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TABLE  9.3  Electron-Domain  Geometries  and  Molecular  Shapes  for  Molecules  with  Five  and  Six  Electron 
Domains  Around  the  Central  Atom 

Total 
Electron 
Domains 

Electron- Domain 
Geometry 

Bonding 

Domains 

Nonbonding 

Domains 
Molecular Geometry Example 

Trigonal 

bipyramidal 

5 

B 

B 

w— 
1 

B 

Trigonal 

bipyramidal 
B 

pcu 

A 

B 

B 

Seesaw 

SF4 

B 

A 

B T-shaped 

B 
-  ■ 

A 

B 

Linear 

C1F3 

XeF, 

Octahedral 

B 

j 
 B 

B 

Octahedral 

Square  pyramidal 

BrF, 

XeF4 

Square  planar 



9.2 

The  VSEPR  Model 

The  most  stable  electron-domain  geometry  for  five  electron  domains  is  the 
trigonal  bipvramid  (two  trigonal  pyramids  sharing  a  base).  Unlike  the 
arrangements  we  have  seen  to  this  point,  the  electron  domains  in  a  trigonal 

bipyramid  can  point  toward  two  geometrically  distinct  types  of  positions.  Two 

of  the  five  domains  point  toward  what  are  called  axial  positions,  and  the  re- 
maining three  domains  point  toward  equatorial  positions  (Figure  9. 8  ► ).  Each 

axial  domain  makes  a  90  angle  with  any  equatorial  domain.  Each  equatorial 
domain  makes  a  120  angle  with  either  of  the  other  two  equatorial  domains 
and  a  90  angle  with  either  axial  domain. 

Suppose  a  molecule  has  five  electron  domains,  one  or  more  of  which  origi- 
nates from  a  nonbonding  pair.  Will  the  electron  domains  from  the  nonbonding 

pairs  occupy  axial  or  equatorial  positions1  In  order  to  answer  this  question,  we 
must  determine  which  location  minimizes  the  repulsions  between  the  electron 

domains.  Repulsions  between  domains  are  much  greater  when  they  are  situat- 

ed 90°  from  each  other  than  when  they  are  at  120  .  An  equatorial  domain  is  90 
from  only  two  other  domains  (the  two  axial  domains).  By  contrast,  an  axial  do- 

main is  situated  90  from  three  other  domains  (the  three  equatorial  domains). 
Hence,  an  equatorial  domain  experiences  less  repulsion  than  an  axial  domain. 
Because  the  domains  from  nonbonding  pairs  exert  larger  repulsions  than  those 
from  bonding  pairs,  they  always  occupy  the  equatorial  positions  in  a  trigonal 
bipyramid. 

The  most  stable  electron-domain  geometry  for  six  electron  domains  is  the 
octahedron.  As  shown  in  Figure  9.9  an  octahedron  is  a  polyhedron  with  six 
vertices  and  eight  faces,  each  of  which  is  an  equilateral  triangle.  It  an  atom  has 

six  electron  domains  around  it,  that  atom  can  be  visualized  as  being  at  the  cen- 

ter of  the  octahedron  with  the  electron  domains  pointing  toward  the  six  ver- 
tices. All  the  bond  angles  in  an  octahedron  are  90  ,  and  all  six  vertices  are 

equivalent.  Therefore,  if  an  atom  has  five  bonding  electron  domains  and  one 
nonbonding  domain,  we  can  point  the  nonbonding  domain  at  any  of  the  six 

vertices  of  the  octahedron.  The  result  is  always  a  square-pyramidal  molecular 
geometry.  When  there  are  two  nonbonding  electron  domains,  however,  their  re- 

pulsions are  minimized  by  pointing  them  tow  aid  opposite  sides  of  the  octahe- 
dron, producing  a  square-planar  molecular  geometry,  as  shown  in  Table  9.3. 

Axial  bond 

1 

Equatorial 
bond 

▲  Figure  9.8    Trigonal  bipyramidal 
geometry.  Five  eledron  domains  arrange 
themselves  around  a  central  atom  as  a  trigonal 
bipyramid.  The  three  equatorial  eledron  domains 
define  an  equilateral  triangle.  The  two  axial 
domains  lie  above  and  below  the  plane  of  the 
triangle.  If  a  molecule  has  nonbonding  eledron 
domains,  they  will  occupy  the  equatorial 

positions. 

A  Figure  9.9   An  octahedron.  The 
odahedron  is  an  ob|ed  with  eight  faces  and  six 
vertices.  Each  face  is  an  equilateral  triangle. 

Wm  SAMPLE  EXERCISE  9.2  |  Molecular  Geometries  of  Molecules  with  Expanded  Valence  Shells 

Use  the  VSEPR  model  to  predict  the  molecular  geometry  of  (a)  SF4,  (b)  IF5. 
Solution 

Analyze:  The  molecules  are  of  the  AB„  type  with  a  central  atom  from  the  p  block  of  the  periodic  table. 
Plan:  We  can  predict  their  structures  by  first  drawing  Lewis  structures  and  then  using  the  VSEPR  model  to  determine  tin 
electron-domain  geometry  and  molecular  geometry. 

Solve:  (a)  The  Lewis  structure  for 
SF4  is 

p.  -f: 

:  x : 

F.  .F*. 
The  sulfur  has  five  electron  domains 

around  it:  four  from  the  S —  F  bonds 
and  one  from  the  nonbonding  pair. 
Each  domain  points  toward  a  vertex 
of  a  trigonal  bipyramid.  The  domain 
from  the  nonbonding  pair  will  point 
toward  an  equatorial  position.  The 
four  bonds  point  toward  the  re- 

maining four  positions,  resulting  in 
a  molecular  geometry  that  is  de- 

scribed as  seesaw-shaped: 

s 

|\ 

F  F 

186 
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Comment:  The  experimentally  observed  structure  is  shown  on  the  previous  page  on  the  right,  and  we  can  infer  that  the  non- 
bonding  electron  domain  occupies  an  equatorial  position,  as  predicted.  Hie  axial  and  equatorial  S  —  F  bonds  are  slightly  bent 
back  away  from  the  nonbonding  domain,  suggesting  that  the  bonding  domains  are  "pushed"  bv  the  nonbonding  domain/which 
is  larger  and  has  greater  repulsion  (Figure  9.7). 

(b)  The  Lewis  structure  of  I F=,  is  F 

F  F 

(There  are  three  lone  pairs  on  each 
of  the  F  atoms,  but  they  are  not 
shown.) 

The  iodine  has  six  electron  domains 
around  it,  one  of  which  is  from  a 

nonbonding  pair.  The  electron- 
domain  geometry  is  therefore  octa- 

hedral, with  one  position  occupied  ~  ~  1 ' '  ^ 
bv  the  nonbonding  electron  pair. 
The  resulting  molecular  geometry  is  j 
therefore  square  pyramidal  (Table  c).3): 

Comment:  Because  the  domain  for  the  nonbonding  pair  is  larger  than  the  other  domains,  the  four  F  atoms  in  the  base  of  the  pyra- 
mid are  tipped  up  slightly  toward  the  F  atom  on  top.  Experimentally,  it  is  found  that  the  angle  between  the  base  and  top  F  atoms 

is  82  ,  smaller  than  the  ideal  90  angle  oi  an  o<  tahedron. 

H  PRACTICE  EXERCISE 

Predict  the  electron-domain  geometry  and  molecular  geometry  of  (a)  CIF3,  (b)  IC14  . 
Answers:  (a)  trigonal  bipyramidal,  T-shaped;  (b)  octahedral,  square  planar 

Shapes  of  Larger  Molecules 

Although  the  molecules  and  ions  whose  structures  we  have  thus  far  considered 

contain  only  a  single  central  atom,  the  VSEPR  model  can  be  extended  to  more 
complex  molecules.  Consider  the  acetic  acid  molecule,  whose  Lewis  structure  is 

H  :Q: 
H — C — C — O — H 

I 
H 

Acetic  acid  has  three  interior  atoms:  the  leftmost  C  atom,  the  central  C  atom, 

and  the  rightmost  O  atom.  We  can  use  the  VSEPR  model  to  predict  the  geome- 
try about  each  of  these  atoms  individually: 

H 

H— C  
H 

:0: 

 c  

 Q— H 

Number  of  electron  domains 4 4 

Electron-domain  geometry Tetrahedral 
Trigonal 

planar 

Tetrahedral 

Predicted  bond  angles 

109.5° 

120° 

109.5° 

The  leftmost  C  has  four  electron  domains  (all  from  bonding  pairs),  and  so  the 

geometry  around  that  atom  is  tetrahedral.  The  central  C  has  three  electron 
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domains  (counting  the  double  bond  as  one  domain).  1  bus,  the  geometrj 
around  that  atom  is  trigonal  planar.  The  O  atom  has  four  electron  domains  (two 

from  bonding  pairs  and  two  from  nonbonding  pairs),  so  its  electron-domain 
geometry  is  tetrahedral  and  the  molecular  geometry  around  O  is  bent.  The 
bond  angles  about  the  central  C  atom  and  the  O  atom  are  expected  to  deviate 

slightly  from  the  ideal  values  of  121)  and  109.5  ,  because  of  the  spatial  demands 
of  multiple  bonds  and  nonbonding  election  pans.  The  structure  of  the  acetic 

acid  molecule  is  shown  in  f  igure  C».H)  ►. 

H  #  O 

© 

1  i 

■i  SAMPLE  EXERCISE  9.3  |  Predicting  Bond  Angles 

Eyedrops  for  dry  eyes  usually  contain  a  water-soluble  polymer  called  poly(vinyl  alco- 
liol),  which  is  based  on  the  unstable  organic  molecule  railed  vinyl  alcohol: 

II  II 

H  —  O  —  C = C  —  H 

O  —  C  and  O  —  C — C  bond  angles  in Predict  the  approximate  values  for  the  I  I 
vinyl  alcohol. 

Solution 

Analyze  We  are  given  a  molecular  structure  and  asked  to  determine  two  bond  angles 
in  the  structure. 

Plan:  To  predict  a  particular  bond  angle,  we  consider  the  middle  atom  of  the  angle 
and  determine  the  number  of  electron  domains  surrounding  that  atom.  [Tie  ideal 
angle  corresponds  to  the  electron-domain  geometry  around  the  atom,  the  angle  will 
be  compressed  somewhat  by  nonbonding  electrons  or  multiple  bonds. 
Solve:  For  the  H — O  —  C  bond  angle,  there  are  tour  electron  domains  around  the 
middle  O  atom  (two  bonding  and  two  nonbonding).  The  electron-domain  geometry 
around  O  is  therefore  tetrahedral,  which  gives  an  ideal  angle  of  KR5  The 
H — O  —  C  angle  will  be  compressed  somewhat  bv  the  nonbonding  pairs,  so  we  ex- 

pect this  angle  to  be  slightly  less  than  109.5  . 

To  predict  the  O  —  C  —  C  bond  angle,  we  must  examine  the  leftmost  C  atom, 
which  is  the  central  atom  for  this  angle.  There  are  three  atoms  bonded  to  this  C  atom 
and  no  nonbonding  pairs,  and  so  it  has  three  electron  domains  about  it.  The  predict- 

ed electron-domain  geometry  is  trigonal  planar,  resulting  in  an  ideal  bond  angle  of 
120°.  Because  of  the  larger  si/e  of  the  C  =  C  domain,  howev  er,  the  O  —  C — C  bond 
angle  should  be  slightly  greater  than  120°. 

MM  PRACTICE  EXERCISE 

Predict  the  H — C  —  H  and  C  —  C  —  C  bond  angles  in  the  following  molecule,  called 
propyne: 

I  I 

H — C — C=C — H 

I  I 

A  Figure  9.10  Ball-and-stick  (top)  and 
space-filling  (bottom)  representations  of acetic  acid,  HC2H,02. 

Answers:  109.5°,  180° 

9.3  |  Molecular  Shape  and  Molecular  Polarity 

We  now  have  a  sense  of  the  shapes  that  molecules  adopt  and  why  they  do  so. 
We  will  spend  the  rest  of  this  chapter  looking  more  closely  at  the  ways  in  which 
electrons  are  shared  to  form  the  bonds  between  atoms  in  molecules.  We  will 

begin  by  returning  to  a  topic  that  we  first  discussed  in  Section  8.4,  namely  bond 
polarity  and  dipole  moments. 

Recall  that  bond  polarity  is  a  measure  of  how  equally  the  electrons  in  a 
bond  are  shared  between  the  two  atoms  of  the  bond:  As  the  difference  in 
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Bond  dipok 

Overall  dipole  moment  =  0 

(b) 

▲  Figure  9.11    C02,  a  nonpolar  molecule. 
(a)  The  overall  dipole  moment  of  a  molecule  is 
the  sum  of  its  bond  dipoles.  In  C02  the  bond 
dipoles  are  equal  in  magnitude,  but  exactly 
oppose  each  other.  The  overall  dipole  moment  is 
zero,  therefore,  making  the  molecule  nonpolar. 
(b)  The  electron-density  model  shows  that  the 
regions  of  higher  electron  density  (red)  are  at  the 
ends  of  the  molecule  while  the  region  of  lower 
electron  density  (blue)  is  at  the  center. 

Bond  dipoles 

Overall 

dipole 
moment 

(a) (b) 

▲  Figure  9.12   The  dipole  moment  of  a 
bent  molecule,  (a)  In  H20  the  bond  dipoles  are 
equal  in  magnitude,  but  do  not  exactly  oppose 
each  other.  The  molecule  has  a  nonzero  dipole 
moment  overall,  making  the  molecule  polar,  (b) 
The  electron-density  model  shows  that  one  end 
of  the  molecule  has  more  electron  density  (the 
oxygen  end)  while  the  other  end  has  less  electron 
density  (the  hydrogens) 

electronegativity  between  the  two  atoms  increases,  so  does  the  bond  polarity. 

->  1 i  We  saw  that  the  dipole  moment  of  a  diatomic  molecule  is  a 
quantitative  measure  of  the  amount  of  charge  separation  in  the  molecule.  The 
charge  separation  in  molecules  has  a  significant  effect  on  physical  and  chemical 

properties.  We  will  see  in  Chapter  11,  for  example,  how  molecular  polarity  af- 
fects boiling  points,  melting  points,  and  other  physical  properties. 

For  a  molecule  that  consists  of  more  than  two  atoms,  the  dipole  moment  de- 
pends on  both  the  polarities  of  the  individual  bonds  and  the  geometry  of  the  molecule. 

For  each  bond  in  the  molecule,  we  can  consider  the  bond  dipole,  which  is  the 

dipole  moment  that  is  due  only  to  the  two  atoms  in  that  bond.  Consider  the 

linear  CO2  molecule,  for  example.  As  shown  in  Figure  9.11(a)  A,  each  C  =  0 
bond  is  polar,  and  because  the  C  =  0  bonds  are  identical,  the  bond  dipoles  are 
equal  in  magnitude.  A  plot  of  the  electron  density  of  the  CGs  molecule, 

shown  in  Figure  9.11(b),  clearly  shows  that  the  bonds  are  polar — the  regions 
of  high  electron  density  (red)  are  at  the  ends  of  the  molecule,  on  the  oxygen 
atoms;  and  the  regions  of  low  electron  density  (blue)  are  in  the  center,  on  the 
carbon  atom.  But  what  can  we  sav  about  the  overall  dipole  moment  of  the  COt 
molecule? 

Bond  dipoles  and  dipole  moments  are  vector  quantities;  that  is,  thev  have 
both  a  magnitude  and  a  direction.  The  overall  dipole  moment  of  a  polyatomic 

molecule  is  the  vector  sum  of  its  bond  dipoles.  Both  the  magnitudes  and  the  di- 
rections of  the  bond  dipoles  must  be  considered  when  summing  these  vectors. 

The  two  bond  dipoles  in  CO2,  although  equal  in  magnitude,  are  exactly  oppo- 
site in  direction.  Adding  them  together  is  the  same  as  adding  two  numbers  that 

are  equal  in  magnitude  but  opposite  in  sign,  such  as  100  +  (-100):  The  bond 

dipoles,  like  the  numbers,  "cancel"  each  other.  Therefore,  the  overall  dipole  mo- 
ment of  COt  is  zero,  even  though  the  individual  bonds  are  polar.  Thus,  the 

geometry  of  the  molecule  dictates  that  the  overall  dipole  moment  be  zero,  mak- 
ing CO2  a  nonpolar  molecule. 

Now  let's  consider  FhO,  which  is  a  bent  molecule  with  two  polar  bonds 
(Figure  9.12  A).  Again,  the  two  bonds  in  the  molecule  are  identical,  and  so  the 

bond  dipoles  are  equal  in  magnitude.  Because  the  molecule  is  bent, 
however,  the  bond  dipoles  do  not  directly  oppose  each  other  and 
therefore  do  not  cancel  each  other.  Hence,  the  H20  molecule  has  an 

overall  nonzero  dipole  moment  (fj.  =  1.85  D).  Because  H^O  has  a 

nonzero  dipole  moment,  it  is  a  polar  molecule.  The  oxygen  atom  car- 
ries a  partial  negative  charge,  and  the  hydrogen  atoms  each  have  a 

partial  positive  charge,  as  shown  by  the  electron-density  model  in 
Figure  9.12(b). 

9 GIVE  IT  SOME  THOUGHT 

The  molecule  0  =  C  =  S  has  a  Lewis  structure  analogous  to  that  of  C02 
and  is  a  linear  molecule.  Will  it  necessarily  have  a  zero  dipole  moment like  C02? 

Figure  4.13  ►  shows  examples  of  polar  and  nonpolar  molecules,  all  of 

which  have  polar  bonds.  The  molecules  in  which  the  central  atom  is  symmetri- 
cally surrounded  by  identical  atoms  (BF3  and  CC14)  are  nonpolar.  For  AB„ 

molecules  in  which  all  the  B  atoms  are  the  same,  certain  symmetrical  shapes — 

linear  (AB2),  trigonal  planar  (AB3),  tetrahedral  and  square  planar  (AB4),  trigo- 
nal bipvramidal  (ABS),  and  octahedral  (ABh) — must  lead  to  nonpolar  molecules 

even  though  the  individual  bonds  might  be  polar. 
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Nonpolar  Polar 

WM  SAMPLE  EXERCISE  9.4  |  Polarity  of  Molecules 

Predict  whether  the  following  molecules  are  polar  or  nonpolar:  (a)  BrCl,  (b)SO:. 
(c)SF„. 

Solution 

Analyze:  We  are  given  the  molecular  formulas  of  several  substances  and  asked  to 
predict  whether  the  molecules  are  polar. 
Plan:  If  the  molecule  contains  onh  two  atoms,  it  will  be  polar  it  the  atoms  differ  in 
electronegativity.  If  it  contains  three  or  more  atoms,  its  polarity  depends  on  both  its 
molecular  geometry  and  the  polarity  of  its  bonds.  Thus,  we  must  draw  a  l  ewis  struc- 

ture for  each  molecule  containing  three  or  more  atoms  and  determine  its  molecular 
geometry.  We  then  use  the  relative  electronegativities  ol  the  atoms  in  each  bond  to 
determine  the  direction  of  the  bond  dipoles.  Finally,  we  see  il  the  bond  dipoles  cancel 
each  other  to  give  a  nonpolar  molecule  or  reinforce  each  other  to  give  a  polar  one. 
Solve:  (a)  Chlorine  is  more  electronegative  than  bromine.  All  diatomic  molecules 
with  polar  bonds  are  polar  molecules.  Consequently,  BrCl  will  be  polar,  with  chlorine- 
carrying  the  partial  negative  charge: 

Bi — CI 

The  actual  dipole  moment  of  BrCl,  as  determined  by  experimental  measurement,  is 
/j.  =  0.57  D. 

(b)  Because  oxygen  is  more  electronegative  than  sulfur,  SO2  has  polar  bonds. 
Three  resonance  forms  can  be  written  for  SO2' 

:o— s=o: ' — ►  :p==s— o:  * — *  :b==s==o: 

For  each  of  these,  the  VSEPR  model  predicts  a  bent  geometry  Because  the  molecule  is 
bent,  the  bond  dipoles  do  not  cancel  and  the  molecule  is  polar: 

Experimentally,  the  dipole  moment  of  SO 2  is  /jl  =  1.63  D. 
(c)  Fluorine  is  more  electronegative  than  sulfur,  so  the  bond  dipoles  point  to- 

ward fluorine.  The  six  S — F  bonds  are  arranged  octahedrally  around  the  central sullur 

F^S^rF 
F^l F 

<  Figure  9.13   Molecules  containing 
polar  bonds.  Two  of  these  molecule 
zero  dipole  moment  because  their  bond  dipole-, 
cancel  one  another,  while  the  other  molecules 

are  polar. 

ACTIVITY 
Molecular  Polarity 
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Because  the  octahedral  geometry  is  symmetrical,  the  bond  dipoles  cancel,  and  the 
molecule  is  nonpolar,  meaning  that  fi  =  0. 

■i  PRACTICE  EXERCISE 

Determine  whether  the  following  molecules  are  polar  or  nonpolar:  (a)  \F-W  (b)  BC  p. 
Answers:  (a)  polar  because  polar  bonds  are  arranged  in  a  trigonal-pvramidal  geom- 

etry, (b)  nonpolar  because  polar  bonds  are  arranged  in  a  trigonal-planar  geometry 

9.4  |  Covalent  Bonding  and  Orbital  Overlap 

The  VSEPR  model  provides  a  simple  means  for  predicting  the  shapes  of  mole- 
cules. However,  it  does  not  explain  why  bonds  exist  between  atoms.  In  devel- 
oping theories  of  covalent  bonding,  chemists  have  approached  the  problem 

from  another  direction,  using  quantum  mechanics.  In  this  approach,  the  ques- 
tion becomes,  How  can  we  use  atomic  orbitals  to  explain  bonding  and  to  ac- 

count for  the  geometries  of  molecules?  The  marriage  of  Lewis's  notion  of 
electron-pair  bonds  and  the  idea  of  atomic  orbitals  leads  to  a  model  of  chemical 
bonding  called  valence-bond  theory.  By  extending  this  approach  to  include  the 
ways  in  which  atomic  orbitals  can  mix  with  one  another,  we  obtain  a  picture 
that  corresponds  nicely  to  the  \  SI  PR  model. 

In  the  Lewis  theory,  covalent  bonding  occurs  when  atoms  share  electrons. 

Such  sharing  concentrates  electron  density  between  the  nuclei.  In  the  valence- 
bond  theory,  the  buildup  of  electron  density  between  two  nuclei  is  visualized  as 

occurring  when  a  valence  atomic  orbital  of  one  atom  merges  with  that  of  an- 
other atom.  The  orbitals  are  then  said  to  share  a  region  of  space,  or  to  overlap. 

The  overlap  of  orbitals  allows  two  electrons  of  opposite  spin  to  share  the  com- 
mon space  between  the  nuclei,  forming  a  covalent  bond. 
The  coming  together  of  two  H  atoms  to  form  PP  is  depicted  in 

Figure  9.14(a)  ▼.  Each  atom  has  a  single  electron  in  a  Is  orbital.  As  the  orbitals 

overlap,  electron  density  is  concentrated  between  the  nuclei.  Because  the  elec- 
trons in  the  overlap  region  are  simultaneously  attracted  to  both  nuclei,  they 

hold  the  atoms  together,  forming  a  covalent  bond. 
The  idea  of  orbital  overlap  producing  a  covalent  bond  applies  equally  well 

to  other  molecules.  In  HC1,  for  example,  chlorine  has  the  electron  configuration 

[Ne]3s23/A  All  the  valence  orbitals  of  chlorine  are  full  except  one  3p  orbital, 
which  contains  a  single  electron.  This  electron  pairs  up  with  the  single  electron 
of  H  to  form  a  covalent  bond.  Figure  9.14(b)  shows  the  overlap  of  the  3p  orbital 
of  CI  with  the  Is  orbital  of  H.  Likewise,  we  can  explain  the  covalent  bond  in  the 

CP  molecule  in  terms  of  the  overlap  of  the  3p  orbital  of  one  atom  with  the  3p  or- 
bital of  another,  as  shown  in  Figure  9.14(c). 

—  Overlap  region  — 
Atoms  approach  each  other 

H  V 

4-
 

H  CI  CI  CI 

Is  3p  3p  3p 

Overlap  region 

(a)  (b)  (c) 

▲  Figure  9.14   The  overlap  of  orbitals  to  form  covalent  bonds,  (a)  The  bond  in  H2  results  from  the  overlap  of  two  Is 
orbitals  from  two  H  atoms,  (b)  The  bond  in  HCI  results  from  the  overlap  of  a  Is  orbital  of  H  and  one  of  the  lobes  of  a  lp  orbital  of  CI. 
(c)  The  bond  in  Cl2  results  from  the  overlap  of  two  3p  orbitals  from  two  CI  atoms. 



9.5 Hybrid  Orbitals 

There  is  ill  wax's  an  optimum  distance  between  the  two 
bonded  nuclei  in  anv  covalent  bond.  Figure  9.15  ►  shows 

how  the  potential  energy  of  the  system  changes  as  two  11 

atoms  come  together  to  form  an  \\2  molecule.  As  the  dis- 
tance between  the  atoms  decreases,  the  overlap  between 

their  Is  orbitals  increases.  Because  of  the  resultant  increase 

in  electron  densitx'  between  the  nuclei,  the  potential  energy 
of  the  system  decreases.  That  is,  the  strength  of  the  bond  in- 

creases, as  shown  by  the  decrease  in  the  energy  on  the  curve. 
However,  the  curve  also  shows  that  as  the  atoms  come  very 

close  together,  the  energy  increases  rapidlx.  I  his  rapid  in- 
crease is  due  mainly  to  the  electrostatic  repulsion  between 

thi'  nuclei,  which  becomes  significant  at  short  internuclear 

distances.  The  internuclear  distance  at  a  minimum  or  the  po- 
tential-energy curve  corresponds  to  the  observed  bond 

length.  Thus,  the  observed  bond  length  is  the  distance  at  which  the  atti 
forces  between  unlike  charges  (electrons  and  nuclei)  are  balanced  by  the 

sive  forces  between  like  charges  (electron-electron  and  nucleus-nucleus) 

_ 

0.74  A 

1 1  —  H  distance "active 

repul- 
9 GIVE  IT  SOME  THOUGHT 

Can  orbital  overlap  explain  why  the  bond  length  in  Cl2  is  longer  than  the  bond 
length  in  F2? 

▲  Figure  9.15   Formation  of  the  H2 
molecule.  Plot  of  the  change  in  potential  energy 
as  two  hydrogen  atoms  come  together  to  form 
the  H2  molecule.  The  minimum  in  the  energy, 
at  0.74  A,  represents  the  equilibrium  bond 
distance.  The  energy  at  that  point,    436  kJ  mol, 
corresponds  to  the  energy  change  for  formation 
of  the  H     H  bond 

9.5  I  Hybrid  Orbitals Pi 

ANIMATION 

H2  Bond  Formation 

Although  the  idea  of  orbital  o\eil,ip  .  i  i  I  <  >  v  \  .  us  in  understand  the  formation  ol 

covalent  bonds,  it  is  not  always  easy  to  extend  these  ideas  to  polyatomic  mole- 
cules. When  we  applv  valence-bond  theory  to  polyatomic  molecules,  we  must 

explain  both  the  formation  of  electron-pair  bonds  and  the  observed  geometries 
of  the  molecules. 

To  explain  geometries,  we  often  assume  that  the  atomic  orbitals  on  an  atom 

mix  to  form  new  orbitals  called  hybrid  orbitals.  The  shape  ol  anv  hybrid  or- 
bital is  different  from  the  shapes  ot  the  original  atomic  orbitals.  The  process  of 

mixing  atomic  orbitals  as  atoms  approach  each  other  to  form  bonds  is  called 

hybridization.  The  total  number  of  atomic  orbitals  on  an  atom  remains  con- 
stant, howexer,  and  so  the  number  ot  hybrid  orbitals  on  an  atom  equals  the 

number  of  atomic  orbitals  mixed. 

Let's  examine  the  common  types  of  hybridization.  As  we  do  so,  notice  the 
connection  between  the  type  of  hybridization  and  the  five  basic  electron-do- 

main geometries — linear,  trigonal  planar,  tetrahedral,  trigonal  bipyramidal, 
and  octahedral — predicted  by  the  VSEPR  model. 

sp  Hybrid  Orbitals 

To  illustrate  the  process  of  hybridization,  consider  the  BeF2  molecule,  which  is 
generated  when  solid  BeF2  is  heated  to  high  temperatures.  The  Lewis  structure 
of  BeF2  is 

:F— Be— F: 

The  VSEPR  model  correctly  predicts  that  BeF2  is  linear  with  two  identical 

Be  —  F  bonds,  but  how  can  we  use  valence-bond  theory  to  describe  the  bond- 

ing? The  electron  configuration  of  F  (  Is  2s  2p~)  indicates  there  is  an  unpaired 
electron  in  a  2/)  orbital.  This  2/'  electron  can  be  paired  with  an  unpaired  electron 
from  the  Be  atom  to  form  a  polar  covalent  bond.  Which  orbitals  on  the  Be  atom, 

however,  overlap  with  those  on  the  F  atoms  to  form  the  Be  —  F  bonds? 

ANIMATION 

Hybridization 
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The  orbital  diagram  for  a  ground-state  Be  atom  is 

Is       2s  2p 

Because  it  has  no  unpaired  electrons,  the  Be  atom  in  its  ground  state  is  inca- 
pable of  forming  bonds  with  the  fluorine  atoms.  It  could  form  two  bonds,  how- 

ever, by  "promoting"  one  of  the  2s  electrons  to  a  2/?  orbital: 

Is       2s  2p 

The  Be  atom  now  has  two  unpaired  electrons  and  can  therefore  form  two  polar 
covalent  bonds  with  the  F  atoms.  The  two  bonds  would  not  be  identical,  how- 

ever, because  a  Be  2s  orbital  would  be  used  to  form  one  of  the  bonds  and  a  2p 
orbital  would  be  used  for  the  other.  Therefore,  although  the  promotion  of  an 

electron  allows  two  Be  —  F  bonds  to  form,  we  still  haven't  explained  the  struc- ture of  BeF2 . 

We  can  solve  this  dilemma  by  "mixing"  the  2s  orbital  and  one  of  the  2p  or- 
bitals  to  generate  two  new  orbitals,  as  shown  in  Figure  9.16  T.  Like  p  orbitals, 
each  of  the  new  orbitals  has  two  lobes.  Unlike  p  orbitals,  however,  one  lobe  is 

much  larger  than  the  other.  The  two  new  orbitals  are  identical  in  shape,  but 

their  large  lobes  point  in  opposite  directions.  We  have  created  two  hybrid  or- 
bitals. In  this  case  we  have  hybridized  one  s  and  one  p  orbital,  so  we  call  each 

hybrid  an  sp  hybrid  orbital.  According  to  the  valence-bond  model,  a  linear  arrange- 
ment of  electron  domains  implies  sp  hybridization. 

For  the  Be  atom  of  BeF2,  we  write  the  orbital  diagram  for  the  formation  of 

two  sp  hybrid  orbitals  as  follows: 

Is  sp  2p 

The  electrons  in  the  sp  hybrid  orbitals  can  form  two-electron  bonds  with  the 
two  fluorine  atoms  (Figure  9.17  ►).  Because  the  sp  hybrid  orbitals  are  equiva- 

lent but  point  in  opposite  directions,  BeF2  has  two  identical  bonds  and  a  linear 
geometry.  The  remaining  two  2p  orbitals  remain  unhybridized. 

Our  first  step  in  constructing  the  sp  hybrids,  namely  the  promotion  of  a  2s 

electron  to  a  2/'  orbital  in  Be,  requires  energy.  Why,  then,  do  the  orbitals  hy- 
bridize? Hybrid  orbitals  have  one  large  lobe  and  can  therefore  be  directed  at 

other  atoms  better  than  can  unhybridized  atomic  orbitals.  Hence,  they  can 
overlap  more  strongly  with  the  orbitals  of  other  atoms  than  atomic  orbitals,  and 

\  Hybridi; 

orbital 

p  orbital 

Two  sp  hybrid  orbitals         sp  hybrid  orbitals  shown  together 
(large  lobes  only) 

■-.  Figure  9.16  Formation  of  sp  hybrid  orbitals.  One  s  orbital  and  one  p  orbital  can  hybridize  to  form  two  equivalent  sp  hybrid  orbitals. 
I  e  two  hybrid  orbitals  have  their  large  lobes  pointing  in  opposite  directions,  180°  apart. 



9.5 
Hybrid  Orbital 

Large  lobe  of  sp  hybrid  orbital 

Be 

F2p  orbital  Overlap  region  F  2p  orbital 

<  Figure  9.17   Formation  of  two 
equivalent  Be     F  bonds  in  BeF; 
hybrid  orbital  on  Be  overlaps  with  a  2p  orbital  or 
F  to  form  a  bond.  The  two  bonds  are  equivalent 

to  each  other  and  form  an  angle  of  180°. 

stronger  bonds  result.  The  energy  released  by  the  formation  of  bonds  more 
than  offsets  the  energy  that  must  be  expended  to  promote  electrons. 

0 GIVE  IT  SOME  THOUGHT 

Suppose  that  two  unhybridized  2p  orbitals  were  used  to  make  the  Be  F  bonds  in 
BeF2.  Would  the  two  bonds  be  equivalent  to  each  other?  What  would  be  the  expect- 

ed F — Be  —  F  bond  angle? 

sp2  and  sp3  Hybrid  Orbitals 
Whenever  we  mix  a  certain  number  of  atomic  orbitals,  we  get  the  same  number 

of  hybrid  orbitals.  Each  of  these  hybrid  orbitals  is  equivalent  to  the  others  but 
points  in  a  different  direction.  Thus,  mixing  one  2s  and  one  2p  orbital  yields  two 

equivalent  sp  hybrid  orbitals  that  point  in  opposite  directions  (Figure  e'.Wi). 
Other  combinations  of  atomic  orbitals  can  be  hybridized  to  obtain  different 

geometries.  In  BF-,,  for  example,  a  2s  electron  on  the-  B  atom  can  be  promoted  to 
a  vacant  2p  orbital.  Mixing  the  2s  and  two  of  the  2/'  orbitals  yields  three  equiva- 

lent sp  (pronounced  "s-p-two")  hybrid  orbitals: 

1 
Promote 

1 1 
f  U  bridize 

1 1 1 

sp2 

The  three  sp  hybrid  orbitals  lie  in  the  same  plane,  120  apart  from  one  an- 
other (Figure  L>.  18  ▼).  They  are  used  to  make  three  equiv  alent  bonds  with  the 

three  fluorine  atoms,  leading  to  the  trigonal-planar  geometry  of  BF^.  Notice 
that  an  unfilled  2p  orbital  remains  unhybridized.  This  unhybridized  orbital  w  ill 
be  important  when  we  discuss  double  bonds  in  Section  9.6. 

One  s  orbital 

I  U  bridize 

Two  p  orbitals 

sp  hybrid  orbitals 
shown  together 
(large  lobes  only) 

• 

u 

J 

Three  s/i2 hybrid  orbital 

<  Figure  9.18   Formation  of  sp1  hybrid 
orbitals.  One  s  orbital  and  two  p  orbitals  can 

hybridize  to  form  three  equivalent  sp2  hybrid 
orbitals.  The  large  lobes  of  the  hybrid  orbitals 
point  toward  the  corners  of  an  equilateral triangle. 
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Q    CIVE  IT  SOME  THOUGHT 

In  an  sp2  hybridized  atom,  what  is  the  orientation  of  the  unhybridized  p  orbital  rela- 
tive to  the  three  sp2  hybrid  orbitals? 

An  s  orbital  can  also  mix  with  all  three  p  orbitals  in  the  same  subshell.  For 

example,  the  carbon  atom  in  CH4  forms  four  equivalent  bonds  with  the  four 
hydrogen  atoms.  We  envision  this  process  as  resulting  from  the  mixing  of  the  2s 

and  all  three  2/'  atomic  orbitals  of  carbon  to  create  four  equivalent  ̂ p"  (pro- 
nounced "s-p-three")  hybrid  orbitals: 

11 1 1 Promote 1 1 1 1 Hybridize 1 1 

 > 

2s 

2p 

2s 

sp3 

Each  sp  hybrid  orbital  has  a  large  lobe  that  points  toward  a  vertex  of  a  tetrahe- 
dron, as  shown  in  Figure  9.19  ▼.  These  hybrid  orbitals  can  be  used  to  form  two- 

electron  bonds  by  overlap  with  the  atomic  orbitals  of  another  atom,  such  as  H. 

Thus,  using  valence-bond  theory,  we  can  describe  the  bonding  in  CH4  as  the 
overlap  of  four  equivalent  sp  hybrid  orbitals  on  C  with  the  Is  orbitals  of  the 
four  H  atoms  to  form  four  equivalent  bonds. 

The  idea  of  hybridization  is  used  in  a  similar  way  to  describe  the  bonding 
in  molecules  containing  nonbonding  pairs  of  electrons.  In  HjO,  for  example, 

►  Figure  9.19   Formation  of  $p3  hybrid 
orbitals.  One  s  orbital  and  three  p  orbitals  can 

hybridize  to  form  four  equivalent  sp3  hybrid 
orbitals.  The  large  lobes  of  the  hybrid  orbitals 
point  toward  the  corners  of  a  tetrahedron. 

V 

Pi, 

1  p. 

Hy  bridize  to  form  four  s/r  hybrid  orbitals 
 \y  ■ 

Shown  together  (large  lobes  only) 

109.5° 

SP 
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Hybrid  Orbit.il 

the  electron-domain  geometry  around  the  central  O  atom  is  approximately 

tetrahedral.  Thus,  the  tour  electron  pairs  can  be  env  isioned  as  occupying  sp' 
hybrid  orbitals.  Two  of  the  hvbrid  orbitals  contain  nonbonding  pairs  of  elec- 

trons, while  the  other  two  are  used  to  form  bonds  with  hydrogen  atoms,  as 
shown  in  Figure  9.20  ►. 

Hybridization  Involving  d  Orbitals 

Atoms  in  the  third  period  and  beyond  can  also  use  d  orbitals  to  form  hy  brid  or- 
bitals. Mixing  one  s  orbital,  three  p  orbitals,  and  one  1/  orbital  leads  to  five  spd 

hybrid  orbitals.  These  hybrid  orbitals  are  directed  toward  the  vertices  of  a  trig- 

onal bipyramid.  The  formation  of  sp  '</  hybrids  is  exemplified  by  the  phospho- 
rus atom  in  PF5: 

3/> 3d 

sp^d 

3rf 

H O 

H 

▲  Figure  9.20  Valence-bond 
description  of  H20.  The  bonding 
in  a  water  molecule  can  be 

envisioned  as  sp3  hybridization  of 
the  orbitals  on  0.  Two  of  the  four 
hybrid  orbitals  overlap  with  Is 
orbitals  of  H  to  form  covalent  bonds. 
The  other  two  hybrid  orbitals  are 
occupied  by  nonbonding  pairs  of 
electrons 

3/' 3d 

Similarly,  mixing  one  s  orbital,  three  p  orbitals,  and  two  1/  orbitals  gives  six 

sp\1~  hybrid  orbitals,  which  are  directed  toward  the  vertices  of  an  octahedron. 
The  use  of  d  orbitals  in  constructing  hybrid  orbitals  nicely  corresponds  to  the 

notion  of  an  expanded  valence  shell.  I  he  geometric  arrange- 
ments characteristic  of  hybrid  orbitals  are  summarized  in  Table  c'.4  ►. 

Summary 

Hybrid  orbitals  provide  a  convenient  model  for  using  valence-bond  theory  to 
describe  covalent  bonds  in  molecules  whose  geometries  conform  to  the  electron- 
domain  geometries  predicted  by  the  VSEPR  model.  The  picture  of  hvbrid  orbitals 
has  limited  predictive  value;  that  is,  we  cannot  say  in  advance  that  the  nitrogen 

atom  in  NH^  uses  sp 1  hybrid  orbitals.  When  we  know  the  electron-domain  geom- 
etry however,  we  can  employ  hybridization  to  describe  the  atomic  orbitals  used 

by  the  central  atom  in  bonding. 

The  following  steps  allow  us  to  predict  the  hybrid  orbitals  used  by  an  atom 
in  bonding: 

1.  Draw  the  Lewis  structure  for  the  molecule  or  ion. 

2.  Determine  the  electron-domain  geometry  using  the  VSEPR  model. 

3.  Specify  the  hybrid  orbitals  needed  to  accommodate  the  electron  pairs  based 
on  their  geometric  arrangement  (Table  9.4). 

These  steps  are  illustrated  in  Figure  c'.2 1  T,  which  shows  how  the  hybridization 
employed  by  N  in  NH-  is  determined. 

ACTIVITY 

s-p  Hybridization 

▼  Figure  9.21    Bonding  in  NH,  The  hybrid 
orbitals  used  by  N  in  the  NH;  molecule  are 
predicted  by  first  drawing  the  Lewis  structure, 
then  using  the  VSEPR  model  to  determine  the 
electron-domain  geometry,  and  then  specifying 
the  hybrid  orbitals  that  correspond  to  that 
geometry.  This  is  essentially  the  same  procedure 
as  that  used  to  determine  molecular  structure 

(Figure  9.6),  except  we  focus  on  the  orbitals  used 
to  make  bonds  and  to  hold  nnnbondiih'  u  i 

Ml; H  — N  — H 

I  I 
Lewis  structure 

I  I 

N- 

I  I 

I  I 

Electron-domain  geometry 
sp  hybridization 
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TABLE  9.4   Geometric  Arrangements  Characteristic  of  Hybrid  Orbital  Sets 

Atomic  Hybrid 
Orbital  Set       Orbital  Set  Geometry 

Examples 

I  wo  sp 
[80 

Linear 

—     BeF2,  HgCl2 

,p,p 
Three  sp BFi,  SO, 

I2H Trigonal 

planar 

s,p,p,p 

Four  sp 1 
CH4,NHV  H20,  NH4H 

Tetrahedra] 

s,p,p,p,d  Fivespd PF5,  SF4,  BrF? 

120 

Trigonal 

bipyramidal 

I  90° 

s,p,p,p,d,d         Six  sp 
I 

90° 

SFh,  C1F5,  XeF4/  PF6 

Octahedral 

M  SAMPLE  EXERCISE  9.5  |  Hybridization 

Indicate  the  hybridization  of  orbitals  employed  by  the  central  atom  in  (a)  NHi~, 
(b)  SF4  (see  Sample  Exercise  9.2). 

Solution 

Analyze:  We  are  given  two  chemical  formulas — one  for  a  polyatomic  anion  and  one 
for  a  molecular  compound — and  asked  to  describe  the  type  of  hybrid  orbitals  sur- 

rounding the  central  atom  in  each  ease. 



9.6         Multiple  Bonds 

Plan:  To  determine  tin-  hybrid  orbitals  used  b\  an  atom  in  bonding,  we  must  know 
the  electron-domain  geometry  around  the  atom  I  bus,  we  first  draw  the  Lewis  struc- 

ture to  determine  the  number  of  elei  tron  domains  around  the  central  atom.  I  lie  h\  - 
bridization  conforms  to  the  number  and  geometry  of  electron  domains  around  the 
central  atom  as  predicted  by  the  VSEPR  model. 
Solve:  (a)  The  Lewis  structure  of  NFL  is 

[h:N:h] 

Because  there  are  tour  elec  tron  domains  around  \,  the  electron-domain  geometry  is 
tetrahedral.  The  hybridization  that  gives  a  tetrahedral  electron-domain  geometry 

is  sp  '  (  Table  9.4).  Two  of  the  sp  '  hybrid  orbitals  contain  nonbonding  pairs  of  electrons, 
and  the  other  two  are  used  to  make  two-elec  tron  bonds  w  ith  the  hydrogen  atoms. 

(b)  The  Lew  is  structure  and  elec  tron-domain  geometry  of  SFj  are  show  n  in  Sam- 
ple Exercise  L>.2.  There  are  five  electron  domains  around  S,  giving  rise  to  a  trigonal- 

bipyramidal  electron-domain  geometry.  With  an  expanded  octet  of  ten  electrons,  a  </ 
orbital  on  the  sulfur  must  be  used.  I  he  trigonal-bipvramidal  electron-domain  geom- 

etry corresponds  to  s/>  '</  hvbridi/ation  (Table  9.4).  One  of  the  hybrid  orbitals  that 
points  in  an  equatorial  direction  contains  a  nonbonding  pair  ot  electrons;  the  other 
four  are  used  to  form  the  S —  F  bonds. 

■HI  PRACTICE  EXERCISE 

Predict  the  electron-domain  geometry  and  the  h\ bridi/ation  ot  the  central  atom  in 
(a)S(V  ,(b)SFh. 

Ansu'crs:  (a)  tetrahedral,  sp ';  (b)  octahedral,  sp 

9.6  I  Multiple  Bonds 

In  the  covalent  bonds  we  have  considered  thus  far,  the  electron  density  is  con- 
centrated symmetrically  about  the  line  connecting  the  nuclei  (the  internuclear 

axis).  In  other  words,  the  line  joining  the  two  nuclei  passes  through  the  middle 
of  the  overlap  region.  These  bonds  are  all  called  signia  Ur)  bonds.  The  overlap 

of  two  s  orbitals  as  in  [Figure  L*.  14(a)],  the  overlap  of  an  s  and  a  /»  orbital  as  in 
HC1  [Figure  9.14(b)],  the  overlap  between  two  p  orbitals  as  in  CL  [Figure 

9.14(c)],  and  the  overlap  of  a  />  orbital  w  ith  an  sp  hybrid  orbital  as  in  BeF^ 
(Figure  9.17)  are  all  examples  of  <r  bonds. 

To  describe  multiple  bonding,  we  must  consider  a  second  kind  of  bond,  one 
that  results  from  the  overlap  between  two  p  orbitals  oriented  perpendicularly 

to  the  internuclear  axis  (Figure  CL22  ►).  This  sideways  overlap  ot  p  orbitals  pro- 
duces a  pi  (tt)  bond.  A  -  bond  is  a  covalent  bond  in  which  the  overlap  regions 

lie  above  and  below  the  internuclear  axis.  Unlike  in  a  <r  bond,  in  a  ~  bond  there 
is  no  probability  of  finding  the  electron  on  the  internuclear  axis.  Because  the  p 
orbitals  in  a  77  bond  overlap  sideways  rather  than  directly  facing  each  other,  the 

total  overlap  in  a  77  bond  tends  to  be  less  than  that  in  a  <r  bond.  As  a  conse- 
quence, 77  bonds  are  generally  weaker  than  <r  bonds. 

In  almost  all  cases,  single  bonds  are  <r  bonds.  A  double  bond  consists  of  one  <r 
bond  and  one  77  bond,  and  a  triple  bond  consists  of  one  <r  bond  and  two  77  bonds: 

77  bond 

1 — 

k 

Internuclea  r 

/'  /' 
▲  Figure  9.22   The  77  bond.  When  two  p 
orbitals  overlap  in  a  sideways  fashion,  the  result 
is  a  77  bond.  Note  that  the  two  regions  of  overlap 

constitute  a  single  -  bond. 

H  — H 

H  11 
\  / 
C=C 
/  \ 
H  H 

:N  =  N: 

One  it  bom. ( )ne  a  bond  plus 
one  77  bond 

C^ne  it  bond  plus 
tw  o  77  bonds 
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H 

H 

H 

▲  Figure  9.23   The  molecular  geometry 
of  ethylene.  Ethylene,  C2H4,  has  one 
C  —  C  <r  bond  and  one  C  —  C  -  bond. 

▲  Figure  9.24  Hybridization  in  ethylene. 

The  ir  bonding  framework  is  formed  from  sp2 
hybrid  orbitals  on  the  carbon  atoms.  The 
unhybndized  2p  orbitals  on  the  C  atoms  are  used 
to  make  a  -  bond. 

ACTIVITY 
Multiple  Bonds 

To  see  how  these  ideas  are  used,  consider  ethylene  (C  ̂ H4),  which  possesses  a 

C  =  C  double  bond.  The  bond  angles  in  ethylene  are  all  approximately  120 

(Figure  9.23  M),  suggesting  that  each  carbon  atom  uses  sp-  hybrid  orbitals  (Figure 
9.18)  to  form  a  bonds  with  the  other  carbon  and  with  two  hydrogens.  Because 

carbon  has  four  valence  electrons,  after  sp  hybridization  one  electron  in  each  of 
the  carbon  atoms  remains  in  the  unhybridized  2p  orbital: 

11 

1 1 1 

2s 

2p 

2s 

2p 

sp 

m 

2p 

sp2  C 

sp 

H 

H 

The  unhybridized  2p  orbital  is  directed  perpendicular  to  the  plane  that  contains 
the  three  sp  hybrid  orbitals. 

Each   sp    hybrid  orbital  on  a   carbon  atom  contains  one  electron. 

Figure  9.24  4  shows  how  the  four  C  —  H  rr  bonds  are  formed  by  overlap  of  sp~ 
hybrid  orbitals  on  C  with  the  Is  orbitals  on  each  H  atom.  We  use  eight 

electrons  to  form  these  four  electron-pair  bonds.  The  C  —  C  <r 
\  bond  is  formed  by  the  overlap  of  two  sp  hybrid  orbitals, 

one  on  each  carbon  atom,  and  requires  two  more  elec- 
trons. Thus  10  of  the  12  valence  electrons  in  the  C2H4 

molecule  are  used  to  form  five  a  bonds. 

The  remaining  two  valence  electrons  reside  in  the 
unhybridized  2/'  orbitals,  one  electron  on  each  carbon 

atom.  These  two  2p  orbitals  can  overlap  with  each  other  in  a 

sideways  fashion,  as  shown  in  Figure  9.25  T.  The  resultant  elec- 

tron density  is  concentrated  above  and  below  the  C  —  C  bond  axis,  which 
means  this  is  a  tt  bond  (Figure  9.22).  Thus,  the  C  =  C  double  bond  in  ethylene 
consists  of  one  a  bond  and  one  tt  bond. 

Although  we  cannot  experimentally  observe  a  tt  bond  directly  (all  we  can 
observe  are  the  positions  of  the  atoms),  the  structure  of  ethylene  provides 

strong  support  for  its  presence.  First,  the  C  —  C  bond  length  in  ethylene  (1.34  A) 
is  much  shorter  than  in  compounds  with  C  —  C  single  bonds  (1.54  A),  consis- 

tent with  the  presence  of  a  stronger  C  =  C  double  bond.  Second,  all  six  atoms  in 
C2H4  lie  in  the  same  plane.  The  2p  orbitals  that  make  up  the  tt  bond  can  achieve 
a  good  overlap  only  when  the  two  CHn  fragments  lie  in  the  same  plane.  If  the  tt 

bond  were  absent,  there  would  be  no  reason  for  the  two  CH2  fragments  of  eth- 

ylene to  lie  in  the  same  plane.  Because  tt  bonds  require  that  portions  of  a  mole- 
cule be  planar,  they  can  introduce  rigidity  into  molecules. 

9 GIVE  IT  SOME  THOUGHT 

The  molecule  called  diazine  has  the  formula  N2H2  and  the  Lewis  structure 

H— N=N— H 

Would  you  expect  diazine  to  be  a  linear  molecule  (all  four  atoms  on  the  same  line)? 
If  not,  would  you  expect  the  molecule  to  be  planar  (all  four  atoms  in  the  same 

plane)? 

►  Figure  9.25  The  n  bond  in  ethylene. 
The  unhybridized  2p  orbitals  on  each  C  atom 
overlap  to  form  a  -  bond.  The  electron  density  in 
the  7r  bond  is  above  and  below  the  bond  axis, 
whereas  in  the  <r  bonds  the  electron  density  lies 
directly  along  the  bone  axes.  As  noted  in  Figure 
9.22,  the  two  lobes  constiu         tt  bond. Two  lobes  of 

one  77  bond 
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Triple  bonds  con  also  be  explained  by  using  hybrid  orbits  Is.  Acetv- 
lene  (CSHA),  for  example,  is  a  linear  molecule  containing  a  triple  bond: 

H  —  C  =  C  —  H.  The  linear  geometry  suggests  that  each  carbon  atom  uses  sp 
hybrid  orbitals  to  form  <r  bonds  with  the  other  carbon  and  one  hydrogen.  Each 
carbon  atom  thus  has  two  remaining  unhybridized  2/'  orbitals  at  right  angles  to 
each  other  and  to  the  axis  of  the  s/>  hybrid  set  (Figure  9.26  ►).  These  p  orbitals 
overlap  to  form  a  pair  of  tt  bonds.  Thus,  the  triple  bond  in  acetylene  consists  of 
one  a  bond  and  two  tt  bonds. 

Although  it  is  possible  to  make  ~  bonds  from  d  orbitals,  the  only  tt  bonds 
we  will  consider  are  those  formed  by  the  overlap  of  /'  orbitals.  These  tt 
bonds  can  form  only  it  unhybridized  />  orbitals  are  present  on  the  bonded 
atoms.  Therefore,  only  atoms  having  ̂ p  or  sp  hybridization  can  be  involved  in 

such  tt  bonding.  Further,  double  and  triple  bonds  (and  hence  -  bonds)  are 
more  common  in  molecules  made  up  of  small  atoms,  especially  C,  N,  and  O. 
Larger  atoms,  such  as  S,  P,  and  Si,  form  77  bonds  less  readily. 

H 

▲  Figure  9.26   Formation  of  two  - 
bonds.  In  acetylene,  C2H2,  the  overlap  of  two 
sets  of  unhybridized  carbon  2p  orbitals  leads  to 
the  formation  of  two  -  bonds. 

Om  SAMPLE  EXERCISE  9.6  |  Describing  <r  and  ~  Bonds  in  a  Molecule 
Formaldehyde  has  the  Lewis  structure 

\ 
c=o: 
/ 

1 1 

Describe  how  the  bonds  in  formaldehyde  are  formed  in  terms  of  overlaps  of  appro- 
priate hybridized  and  unhybridized  orbitals. 

Solution 

Analyze:  We  are  asked  to  describe  the  bonding  in  formaldehyde  in  terms  of  orbital 
overlaps. 
Plan:  Single  bonds  will  be  of  the  a  type,  whereas  double  bonds  will  consist  of  one  it 
bond  and  one  tt  bond.  The  ways  in  which  these  bonds  form  can  be  deduced  from  the 
geometry  of  the  molecule,  which  we  predict  using  the  VSEPK  model. 
Solve:  The  C  atom  has  three  electron  domains  around  it,  which  suggests  a  trigonal- 
planar  geometry  with  bond  angles  of  about  12(1  .  This  geometry  implies  sp  hybrid 
orbitals  on  C  (Table  c'.4).  These  hybrids  .ire  used  to  make  the  two  C  —  II  and  one 
C  —  O  (T  bonds  to  C.  There  remains  an  unhybridized  2/>  orbital  on  carbon,  perpendic- 

ular to  the  plane  of  the  three  sp  hybrids. 
The  O  atom  also  has  three  electron  domains  around  it,  and  so  we  w  ill  assume 

that  it  has  sp  hybridization  as  well.  One  of  these  hybrids  participates  in  the  C — O  rr 
bond,  while  the  other  two  hybrids  hold  the  two  nonbonding  electron  pairs  of  the  O 
atom.  Like  the  C  atom,  therefore,  the  O  atom  has  an  unhybridized  2/'  orbital  that  is 
perpendicular  to  the  plane  of  the  molecule.  The  unhybridized  2/»  orbitals  on  the  C 
and  O  atoms  ov  erlap  to  form  a  C  —  O  77  bond,  as  illustrated  in  Figure  9.27  T. 

▲  Figure  9.27   Formation  of  tr  and  -  bonds  in  formaldehyde,  H2CO. 
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■I  PRACTICE  EXERCISE 

c  i  insider  the  acetomtrile  m<  >le<  ule 

1 1 

H  — C— C  =  N: 

H 

(a)  Predict  the  hond  angles  around  each  carbon  atom;  (b)  describe  the  hybridization 
at  each  of  the  carbon  atoms;  (c)  determine  the  total  number  of  a  and  tt  bonds  in  the 
molecule. 

Answers:  (a)  approximately  109°  around  the  left  C  and  1 80°  on  the  right  C;  (b)  sp3,  sp; 
(c)  five  it  bonds  and  two  tt  bonds 

▼  Figure  9.28  The  a  and  tt  bond 
networks  in  benzene,  C6H6.  (a)  The  C  —  C 
and  C  —  H  <r  bonds  all  lie  in  the  plane  of  the 
molecule  and  are  formed  by  using  carbon  sp7 
hybrid  orbitals.  (b)  Each  carbon  atom  has  an 
unhybridized  2p  orbital  that  lies  perpendicular  to 
the  molecular  plane.  These  six  2p  orbitals  are  the 
n  orbitals  of  benzene. 

H 

H|  C H 

H 

Delocalized  tt  Bonding 

In  the  molecules  we  have  discussed  thus  far  in  this  section,  the  bonding  elec- 
trons are  localized.  By  this  we  mean  that  the  <r  and  tt  electrons  are  associated  to- 

tally with  the  two  atoms  that  form  the  bond.  In  many  molecules,  however,  we 

cannot  adequately  describe  the  bonding  as  being  entirely  localized.  This  situa- 
tion arises  particularly  in  molecules  that  have  two  or  more  resonance  structures 

involving  tt  bonds. 
One  molecule  that  cannot  be  described  with  localized  tt  bonds  is  benzene 

(C6Hh),  which  has  two  resonance  structures: 

(a )  it  bonds 

To  describe  the  bonding  in  benzene  using  hybrid  orbitals,  we  first  choose  a 
hybridization  scheme  consistent  with  the  geometry  of  the  molecule.  Because 

each  carbon  is  surrounded  by  three  atoms  at  120°  angles,  the  appropriate  hy- 
brid set  is  sp~.  Six  localized  C  —  C  <r  bonds  and  six  localized  C  —  H  <x  bonds  are 

formed  from  the  sp  hybrid  orbitals,  as  shown  in  Figure  9.28(a)  •<  This  leaves  a 
2/»  orbital  on  each  carbon  that  is  oriented  perpendicularly  to  the  plane  of  the 
molecule.  The  situation  is  very  much  like  that  in  ethylene,  except  we  now  have 

six  carbon  2p  orbitals  arranged  in  a  ring  [Figure  9.28(b)].  Each  of  the  unhy- 
bridized 2p  orbitals  is  occupied  by  one  electron,  leaving  a  total  of  six  electrons 

to  be  accounted  for  by  tt  bonding. 

We  could  envision  using  the  unhybridized  2p  orbitals  of  benzene  to  form 
three  localized  tt  bonds.  As  shown  in  Figure  9.29(a)  and  (b)  ►,  there  are  two 
equivalent  ways  to  make  these  localized  bonds,  and  each  corresponds  to  one  of 

the  resonance  structures  of  the  molecule.  A  representation  that  reflects  both  res- 

onance structures  has  the  six  tt  electrons  "smeared  out"  among  all  six  carbon 
atoms,  as  shown  in  Figure  9.29(c).  Notice  how  this 

figure  corresponds  to  the  "circle-in-a-hexagon" drawing  we  often  use  to  represent  benzene.  This 

model  leads  to  the  description  of  each  carbon-car- 
bon bond  as  having  identical  bond  lengths  that 

are  between  the  length  of  a  C  —  C  single  bond 
(1.54  A)  and  the  length  of  a  C  =  C  double 
bond  (1.34  A),  consistent  with  the  observed  bond 
lengths  in  benzene  (1.40  A). 

Because  we  cannot  describe  the  tt  bonds  in 

benzene  as  individual  electron-pair  bonds  be- 
tween neighboring  atoms,  we  say  that  the  tt  bonds 

are  delocalized  among  the  six  carbon  atoms.  De- 
lb)  2/;  atomic  orbitals        localization  of  the  electrons  in  its  tt  bonds  gives 



9.6      |      Multiple  bond~- 

(a)  Localized  77  bonds  (b)  Localized  -  bonds  (c)  Delocalized  ~  bonds 

▲  Figure  9.29  Delocalized  -  bonds.  The  six  2p  orbitals  of  benzene,  shown  in  Figure  9.28(b),  can  be  used  to  make 
C  —  C  77  bonds,  (a,  b)  Two  equivalent  ways  to  make  localized  -  bonds.  These  77  bonds  correspond  to  the  two  resonance 
structures  for  benzene,  (c)  A  representation  of  the  smearing  out,  or  derealization,  of  the  three  C  C  77  bonds  among  the 
six  C  atoms. 

benzene  a  special  stability,  as  w  ill  be  disc  ussed  in  Section  2^.4.  Derealization  of 
77  bonds  is  also  responsible  for  the  color  of  many  organic  molecules.  (See  the 

"Chemistry  at  Work"  box  on  organic  dyes  at  the  end  of  this  chapter.)  If  you  take 
a  course  in  organic  chemistry,  you  will  see  many  examples  of  how  electron  de- 
localization  influences  the  properties  of  organic  molecules. 

Hm  SAMPLE  EXERCISE  9.7  |  Delocalized  Bonding 

Describe  the  bonding  in  the  nitrate  ion,  NO^  .  Does  this  ion  have  delocalized  77 
bonds? 

Solution 

Analyze:  Given  the  chemical  formula  for  a  polyatomic  anion,  we  are  asked  to  de- 
scribe the  bonding  and  determine  whether  the  ion  has  delocalized  77  bonds. 

Plan:  Our  first  step  in  describing  the  bonding  in  NO-  is  to  construct  appropriate 
Lewis  structures.  If  there  are  multiple  resonance  structures  that  involve  the  place- 

ment of  the  double  bonds  in  different  locations,  that  suggests  that  the  77  component 
of  the  double  bonds  is  delocalized. 
Solve:  In  Section  8.6  we  saw  that  NO-,   has  three  resonance  structures: 

:0: 

•A  A- 

:0: N\-. 

A  A- 

:o: 

•A       .( > 

o 

(a)  N  —  O  77  bond  in  one  ol  the 
resonance  structures  ol  \( ) 

In  each  of  these  structures  the  electron-domain  geometry  at  nitrogen  is  trigonal  pla- 
nar, which  implies  sp  hybridization  of  the  N  atom.  The  sp  hybrid  orbitals  are  used 

to  construct  the  three  N  —  O  a  bonds  that  are  present  in  each  of  the  resonance  struc- 
tures. 

The  unhybridized  2/'  orbital  on  the  N  atom  can  be  used  to  make  77  bonds.  For 
any  one  of  the  three  resonance  structures  shown,  we  might  imagine  a  single  localized 
N  —  O  77  bond  formed  by  the  overlap  of  the  unhybridized  2/>  orbital  on  N  and  a  2/) 
orbital  on  one  of  the  O  atoms,  as  shown  in  Figure  L'. 30(a)  ►.  Because  each  resonance 
structure  contributes  equally  to  the  observ  ed  structure  of  NO-,  ,  howev  er,  we  repre- 

sent the  77  bonding  as  spread  out,  or  delocalized,  oyer  the  three  N — O  bonds,  as 
shown  in  Figure  9.30(b). 

-N- 

O 
o 

(b)  Derealization  ol  tin 
bonds  in  the  N<  ' 

■1  PRACTICE  EXERCISE  ▲  Figure  9.30  Localize 

Which  of  the  following  molecules  or  ions  w  ill  exhibit  delocalized  bonding:  77  bonds  in  NO,  . 
S03,  S032~,  H2CO,  03,  NH4+? 
Answer:  SO-?  and  O3,  as  indicated  by  the  presence  of  two  or  more  resonance  struc- 

tures involving  77  bonding  for  each  of  these  molecules 



372       Chapter  9  Molecular  Geometry  and  Bonding  Theories 

CHEMISTRY  AND  LIFE  I  The  Chemistry  of  Vision 

In  recent  years  scientists  have  begun  to  understand  tine  com- 
plex chemistry  of  vision.  Vision  begins  when  light  is  fo- 

cused by  the  lens  onto  the  retina,  the  layer  of  cells  lining  the 
interior  of  the  eyeball.  The  retina  contains  photoreceptor  cells 
known  as  rods  and  cones  (Figure  9.31  ▼).  The  human  retina 
contains  about  3  million  cones  and  100  million  rods.  The  rods 
are  sensitive  to  dim  light  and  are  used  in  night  vision.  The 
cones  are  sensitiv  e  to  colors.  The  tops  of  the  rods  and  cones 
contain  a  molecule  called  rhodopsin.  Rhodopsin  consists  of  a 
protein,  called  opsin,  bonded  to  a  reddish  purple  pigment 
called  retinal.  Structural  changes  around  a  double  bond  in  the 

retinal  portion  of  the  molecule  trigger  a  series  of  chemical  re- 
actions that  result  in  vision. 

Double  bonds  between  atoms  are  stronger  than  single 
bonds  between  the  same  atoms  (Table  8.4).  For  example,  a 

C  =  C  double  bond  is  stronger  [D(C  =  C)  =  614  kj/mol]  than 
a  C  — C  single  bond  [D(C— C)  =  348  kT/mol],  though  not 
twice  as  strong.  Our  recent  discussions  now  allow  us  to  appre- 

ciate another  aspect  of  double  bonds:  the  stiffness  or  rigidity 
that  they  introduce  into  molecules. 

Imagine  taking  the  — CFh  group  of  the  ethylene  mole- 
cule and  rotating  it  relative  to  the  other  — CH2  group  as 

shown  in  Figure  9.32  ►.  This  rotation  destroys  the  overlap  of  p 

▲  Figure  9.31    Inside  the  eye.  A  color-enhanced  scanning  electron 
micrograph  of  the  rods  (yellow)  and  cones  (blue)  in  the  retina  of  the 
human  eye. 

orbitals,  breaking  the  tt  bond,  a  process  that  requires  consider- 
able energy.  Thus,  the  presence  of  a  double  bond  restricts  the 

rotation  of  the  bonds  in  a  molecule.  In  contrast,  molecules  can 
rotate  almost  freely  around  the  bond  axis  in  single  (<r)  bonds 
because  this  motion  has  no  effect  on  the  orbital  overlap  for  a  <r 
bond.  This  rotation  allows  molecules  with  single  bonds  to 
twist  and  fold  almost  as  if  their  atoms  were  attached  by 
hinges. 

Our  vision  depends  on  the  rigidity  of  double  bonds  in 
retinal.  In  its  normal  form,  retinal  is  held  rigid  by  its  double 
bonds,  as  shown  on  the  left  in  Figure  4.33  V.  Fight  entering 
the  eye  is  absorbed  by  rhodopsin,  and  the  energy  is  used  to 
break  the  rr-bond  portion  of  the  indicated  double  bond.  The 
molecule  then  rotates  around  this  bond,  changing  its  geome- 

try. The  retinal  then  separates  from  the  opsin,  triggering  the 

reactions  that  produce  a  nerve  impulse  that  the  brain  inter- 
prets as  the  sensation  of  vision.  It  takes  as  few  as  five  closely 

spaced  molecules  reacting  in  this  fashion  to  produce  the  sen- 
sation of  vision.  Thus,  only  five  photons  of  light  are  necessary 

to  stimulate  the  eve. 

The  retinal  slowly  reverts  to  its  original  form  and  reat- 
taches to  the  opsin.  The  slowness  of  this  process  helps  explain 

why  intense  bright  light  causes  temporary  blindness.  The 
light  causes  all  the  retinal  to  separate  from  opsin,  leaving  no 
further  molecules  to  absorb  light. 
Related  Exercises:  9.99  and  9.100 

tt  bond 

-H 

I  I 

M 

90°  rotation 

around 
double  Lxmd 1 1 

▲  Figure  9.32   Rotation  about  the  carbon-carbon  double  bond 
in  ethylene.  The  overlap  of  the  p  orbitals  that  form  the  -  bond  is  lost  in 
the  rotation.  For  this  reason,  rotation  about  double  bonds  requires  the 
absorption  of  energy. 

H,C  CFh 

(  I  I 

CH, I  I 
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H,C  CH3 
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I  I CH-,  H CH,  H 
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▲  Figure  9.33  The  chd  il  basis  of  vision.  When  rhodopsin  absorbs  visible  light,  the  tt  component  of  the  double  bond  shown  in  red 
breaks,  allowing  rotation  that  pi    i  ices  a  change  in  molecular  geometry. 



9.7     |     Molecular  Orbitals 

General  Conclusions 

On  the  basis  of  the  examples  we've  seen,  we  can  draw  a  few  helpful  conclu- 
sions for  using  the  concept  of  hybrid  orbitals  to  describe  molecular  structures: 

1.  Every  pair  of  bonded  atoms  shares  one  or  more  pairs  of  electrons.  In  ever) 
bond  at  least  one  pair  of  electrons  is  localized  in  the  space  between  the 
atoms  in  a  <r  bond.  The  appropriate  set  of  hybrid  orbitals  used  to  form  the 
(T  bonds  between  an  atom  and  its  neighbors  is  determined  by  the  observed 

geometry  of  the  molecule.  I  he  correlation  betw  een  the  set  of  hybrid  or- 
bitals and  the  geometry  about  an  atom  is  given  in  [able  9.4. 

2.  The  electrons  in  <r  bonds  are  localized  in  the  region  between  two  bonded 
atoms  and  do  not  make  a  significant  contribution  to  the  bonding  between 
any  other  two  atoms. 

3.  When  atoms  share  more  than  one  pair  of  electrons,  one  pair  is  used  to  form 

a  it  bond  and  the  additional  pairs  form  ~  bonds,  ["he  centers  of  charge  den- 
sity in  a  7r  bond  lie  above  and  below  the  bond  axis. 

4.  Molecules  with  two  or  more  resonance  structures  can  have  tt  bonds  that  ex- 

tend over  more  than  two  bonded  atoms.  Electrons  in  -  bonds  that  extend 
over  more  than  two  atoms  are  delocalized. 

9.7  I  Molecular  Orbitals 

Valence-bond  theory  and  hybrid  orbitals  allow  us  to  mov  e  in  a  straightforward 
way  from  Lewis  structures  to  rationalizing  the  observ  ed  geometries  of  mole- 

cules in  terms  of  atomic  orbitals.  For  example,  we  can  use  this  theory  to  under- 
stand why  methane  has  the  formula  CH4,  how  the  carbon  and  hydrogen 

atomic  orbitals  are  used  to  form  electron-pair  bonds,  and  why  the  arrangement 
of  the  C  —  H  bonds  about  the  central  carbon  is  tetrahedral.  This  model,  howev- 

er, does  not  explain  all  aspects  of  bonding.  It  is  not  successful,  tor  example,  in 
describing  the  excited  states  of  molecules,  which  we  must  understand  in  order 

to  explain  how  molecules  absorb  light,  giving  them  color. 
Some  aspects  of  bonding  are  better  explained  by  an  alternative  model 

called  molecular  orbital  theory.  In  Chapter  6  we  saw  that  electrons  in  atoms 

can  be  described  by  certain  wave  functions,  w  hich  we  call  atomic  orbitals.  In  a 
similar  way  molecular  orbital  theory  describes  the  electrons  in  molecules  by 

using  specific  wave  functions  called  molecular  orbitals.  Chemists  use  the  ab- 
breviation MO  for  molecular  orbital. 

Molecular  orbitals  have  many  of  the  same  characteristics  as  atomic  orbitals. 

For  example,  an  MO  can  hold  a  maximum  of  two  electrons  (with  opposite- 
spins),  it  has  a  definite  energy,  and  we  can  visualize  its  electron-density  distrib- 

ution by  using  a  contour  representation,  as  we  did  when  we  discussed  atomic 
orbitals.  Unlike  atomic  orbitals,  however,  MOs  are  associated  with  the  entire 

molecule,  not  with  a  single  atom. 

The  Hydrogen  Molecule 

To  get  a  sense  of  the  approach  taken  in  MO  theory,  we  will  begin  with  the  sim- 
plest molecule:  the  hydrogen  molecule,  Hi,  We  will  use  the 

two  Is  atomic  orbitals  (one  on  each  H  atom)  to  "build" 
molecular  orbitals  tor  the  I  h  molecule.  Whenever  two 

atomic  orbitals  overlap,  two  molecular  orbitals  form.  Thus, 
the  overlap  of  the  Is  orbitals  of  two  hydrogen  atoms  to  js  |s 
form  Hi  produces  two  MOs  (Figure  9.34  ► ). 

The  lower-energy  MO  of  Vi2  concentrates  electron  f  1  atomic  orbitals 
density  between  the  two  hydrogen  nuclei  and  is  called 

the  bonding  molecular  orbital.  This  sausage-shaped 

▼  Figure  9.34   The  molecular  orbitals  of 
H2.  The  combination  of  two  H  Is  atomic  orbitals 
forms  two  molecular  orbitals  (MOs)  of  H2.  In  the 
bonding  MO,  <r  h,  the  atomic  orbitals  combine 
constructively,  leading  to  a  buildup  of  electron 
density  between  the  nuclei.  In  the  antibonding 

MO,  ir*ls,  the  orbitals  combine  destructively  in  the 
bonding  region.  Note  that  the  <r  ,s  MO  has  a  node 
between  the  two  nuclei. 

Nodi 1 

I  In  molecul.11  1  •! 'nt.il 
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A  Figure  9.35   Energy-level  diagrams  for  H2  and  He2.  (a)  The  two  electrons  in  the  H2  molecule  occupy  the  <r,s  bonding  MO.  (b)  In  the 

(hypothetical)  He2  molecule,  both  the  rr,s  bonding  MO  and  the  a*s  antibonding  MO  are  occupied  by  two  electrons. 

ANIMATION 
Molecular  Orbital  Theory 

MO  results  from  summing  the  two  atomic  orbitals  so  that  the  atomic  orbital 
wave  functions  enhance  each  other  in  the  bond  region.  Because  an  electron  in 
this  MO  is  strongly  attracted  to  both  nuclei,  the  electron  is  more  stable  (in  other 

words,  it  has  lower  energy)  than  it  is  in  the  Is  atomic  orbital  of  an  isolated  hy- 
drogen atom.  Further,  because  it  concentrates  electron  density  between  the  nu- 

clei, the  bonding  MO  holds  the  atoms  together  in  a  covalent  bond. 

The  higher-energy  MO  in  Figure  9.34  has  very  little  electron  density  be- 
tween the  nuclei  and  is  called  the  antibonding  molecular  orbital.  Instead  of  en- 

hancing each  other  in  the  region  between  the  nuclei,  the  atomic  orbitals  cancel 
each  other  in  this  region,  and  the  greatest  electron  density  is  on  opposite  sides 
of  the  nuclei.  Thus,  this  MO  excludes  electrons  from  the  very  region  in  which  a 

bond  must  be  formed.  An  electron  in  this  MO  is  repelled  from  the  bonding  re- 
gion and  is  therefore  less  stable  (in  other  words,  it  has  higher  energy)  than  it  is 

in  the  Is  atomic  orbital  of  a  hydrogen  atom. 
The  electron  density  in  both  the  bonding  MO  and  the  antibonding  MO 

of  Hi  is  centered  about  the  internuclear  axis,  an  imaginary  line  passing 
through  the  two  nuclei.  MOs  of  this  type  are  called  sigma  (<r)  molecular 

orbitals.  The  bonding  sigma  MO  of  Hi  is  labeled  crls/  the  subscript  indicat- 
ing that  the  MO  is  formed  from  two  Is  orbitals.  The  antibonding  sigma  MO 

of  H2  is  labeled  rr*s  (read  "sigma-star-one-s"),  the  asterisk  denoting  that  the 
MO  is  antibonding. 

The  interaction  between  two  Is  atomic  orbitals  and  the  molecular  orbitals 

that  result  can  be  represented  by  an  energy-level  diagram  (also  called  a 
molecular  orbital  diagram),  like  those  in  Figure  9.35  ▲.  Such  diagrams  show  the 

interacting  atomic  orbitals  in  the  left  and  right  columns  and  the  MOs  in  the  mid- 
dle column.  Note  that  the  bonding  molecular  orbital,  crls/  is  lower  in  energy 

than  the  atomic  Is  orbitals,  whereas  the  antibonding  orbital,  a\si  is  higher  in  en- 
ergy than  the  Is  orbitals.  Like  atomic  orbitals,  each  MO  can  accommodate  two 

electrons  with  their  spins  paired  (Pauli  exclusion  principle). 
The  molecular  orbital  diagram  of  the  Hi  molecule  is  shown  in  Figure 

9.35(a).  Each  H  atom  has  one  electron,  and  so  there  are  two  electrons  in  Hi. 

These  two  electrons  occupy  the  lower-energy  bonding  ((7ls)  MO,  and  their 
spins  are  paired.  Electrons  occupying  a  bonding  molecular  orbital  are  called 
bonding  electrons.  Because  the  crls  MO  is  lower  in  energy  than  the  isolated  Is 
atomic  orbitals,  the  Hi  molecule  is  more  stable  than  the  two  separate  H  atoms. 

In  contrast,  the  hypothetical  He2  molecule  requires  four  electrons  to  fill  its 
molecular  orbitals,  as  in  Figure  9.35(b).  Because  only  two  electrons  can  be  put  in 

the  crls  MO,  the  other  two  must  be  placed  in  the  a*s  MO.  The  energy  decrease 
from  the  two  electrons  in  the  bonding  MO  is  offset  by  the  energy  increase  from 
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the  two  electrons  in  the  antibonding  MO.*  Hence,  He2  is  an  unstable  molecule. 
Molecular  orbital  theory  correctly  predicts  that  hydrogen  forms  diatomic  mole- 

cules but  helium  does  not. 

Q    GIVE  IT  SOME  THOUGHT 

Suppose  light  is  used  to  excite  one  of  the  electrons  in  the  H2  molecule  from  the  <r]h 

MO  to  the  cr*s  MO.  Would  you  expect  the  H  atoms  to  remain  bonded  to  each  other, 
or  would  the  molecule  fall  apart? 

Bond  Order 

In  molecular  orbital  theory  the  stability  of  a  covalent  bond  is  related  to  its  bond 
order,  defined  as  half  the  difference  between  the  number  of  bonding  electrons 
and  the  number  of  antibonding  electrons: 

Bond  order  =  \(no.  of  bonding  electrons     no.  of  antibonding  electrons) 

We  take  half  the  difference  because  we  are  used  to  thinking  of  bonds  as  pairs  of 
electrons.  A  bond  order  of  1  represents  a  single  bond,  a  bond  order  of  2  represents  a 
double  bond,  and  a  bond  order  of  3  represents  a  triple  bond.  Because  MO  theory  also 
treats  molecules  containing  an  odd  number  of  electrons,  bond  orders  of  1/2, 

3/2,  or  5/2  are  possible. 
Because  Hi  has  two  bonding  electrons  anil  zero  antibonding  electrons 

[Figure  9.35(a)],  it  has  a  bond  order  of  I .  Because  I  le2  has  two  bonding  and  two 
antibonding  electrons  [Figure  9.35(b)],  it  has  a  bond  order  of  0.  A  bond  order  of 
0  means  that  no  bond  exists. 

Q    GIVE  IT  SOME  THOUGHT 

What  is  the  bond  order  in  the  excited  H2  molecule  described  in  the  immediately  pre- 
ceding Give  It  Some  Thought  exercise? 

Mm  SAMPLE  EXERCISE  9.8  |  Bond  Order 

What  is  the  bond  order  of  the  He2 '  ion?  Would  you  expect  this  ion  to  be  stable  rela- 
tive to  the  separated  He  atom  and  He  ion? 

Solution 

Analyze:  We  will  determine  the  bond  order  lor  the  He2*  ion  and  use  it  to  predict whether  the  ion  is  stable. 
Plan:  To  determine  the  bond  order,  we  must  determine  the  number  of  electrons  in 

the  molecule  and  how  these  electrons  populate  the  available  MOs.  The  valence  elec- 
trons of  He  are  in  the  Is  orbital,  and  the  Is  orbitals  combine  to  give  an  MO  diagram 

like  that  for  H2  or  He2  (Figure  9.35).  If  the  bond  order  is  greater  than  0,  we  expect  a 
bond  to  exist  :md  the  ion  is  stable. 

Solve:  The  energy-level  diagram  for  the  He2  1  ion  is  shown  in  Figure  9.36  ►.  This  ion 
has  three  electrons.  Two  are  placed  in  the  bonding  orbital,  the  third  in  the  antibonding 
orbital.  Thus,  the  bond  order  is 

Bond  order  = 

1  I 

Because  the  bond  order  is  greater  than  I),  the  He2*  ion  is  predicted  to  be  stable  rela- 
tive to  the  separated  He  and  He4.  Formation  of  He2 1  in  the  gas  phase  has  been 

demonstrated  in  laboratory  experiments. 

■1  PRACTICE  EXERCISE 

Determine  the  bond  order  of  the  H2  ion. 
Answer:  I 

11 

u 

1  le  atom 

Me,  ion 

▲  Figure  9.36  Energy-level  diagram  for 

the  He2  *  ion. 

*  In  fact,  antibonding  MOs  are  slightly  more  unfavorable  than  bonding  MOs  are  favorable,  thus, 
whenever  there  is  an  equal  number  of  electrons  in  bonding  anil  antibonding  orbitals,  the  energy  of 
the  molecule  is  slightly  higher  than  that  for  the  separated  atoms  and  no  bond  is  formed. 
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9.8  |  Second-Row  Diatomic  Molecules  

Just  as  we  treated  the  bonding  in  H2  by  using  molecular  orbital  theory,  we  can 

consider  the  MO  description  of  other  diatomic  molecules.  Initially  we  will  re- 
strict our  discussion  to  homonuclear  diatomic  molecules  (those  composed  of  two 

identical  atoms)  of  elements  in  the  second  row  of  the  periodic  table.  As  we  will 

see,  the  procedure  for  determining  the  distribution  of  electrons  in  these  mole- 
cules closely  follows  the  one  we  used  for  H2. 

Second-row  atoms  have  valence  2s  and  2p  orbitals,  and  we  need  to  consid- 
er how  they  interact  to  form  MOs.  The  following  rules  summarize  some  of  the 

guiding  principles  for  the  formation  of  MOs  and  for  how  they  are  populated  by 
electrons: 

1.  The  number  of  MOs  formed  equals  the  number  of  atomic  orbitals  combined. 

2.  Atomic  orbitals  combine  most  effectively  with  other  atomic  orbitals  of  sim- ilar energy. 

3.  The  effectiveness  with  which  two  atomic  orbitals  combine  is  proportional 
to  their  overlap;  that  is,  as  the  overlap  increases,  the  energy  of  the  bonding 
MO  is  lowered  and  the  energy  of  the  antibonding  MO  is  raised. 

4.  Each  MO  can  accommodate,  at  most,  two  electrons,  with  their  spins  paired 
(Pauli  exclusion  principle). 

5.  When  MOs  of  the  same  energy  are  populated,  one  electron  enters  each  or- 

bital (with  the  same  spin)  before  spin  pairing  occurs  (Hund's  rule). 

Molecular  Orbitals  for  Li2  and  Be2 

Lithium,  the  first  element  of  the  second  period,  has  a  ls^s1  electron  configura- 
tion. When  lithium  metal  is  heated  above  its  boiling  point  (1342°C),  Li2  mole- 
cules are  found  in  the  vapor  phase.  The  Lewis  structure  for  Li2  indicates  an 

Li  —  Li  single  bond.  We  will  now  use  MOs  to  describe  the  bonding  in  Li2. 
Because  the  Is  and  2s  orbitals  of  Li  are  so  different  in  energy,  we  may  as- 

sume that  the  Is  orbital  on  one  Li  atom  interacts  only  with  the  Is  orbital  on  the 
other  atom  (rule  2).  Likewise,  the  2s  orbitals  interact  only  with  each  other.  The 

resulting  energy-level  diagram  is  shown  in  Figure  9.37  <.  Notice  that  combin- 
ing four  atomic  orbitals  produces  four  MOs  (rule  1). 
The  Is  orbitals  of  Li  combine  to  form  crls  and  <rls  bonding  and  antibonding 

MOs,  as  they  did  for  H2.  The  2s  orbitals  interact  with  one  another  in  exactly  the 

same  way,  producing  bonding  (cr;^)  ar*d  antibonding  (o"2s)  MOs.  Because  the  2s 
orbitals  of  Li  extend  farther  from  the  nucleus  than  the  Is  orbitals  do,  the  2s  or- 

bitals overlap  more  effectively.  As  a  result,  the  energy  separation  between  the 

<r2s  and  0-2s  orbitals  is  greater  than  that  for  the  ls-based  MOs.  The  Is  orbitals  of 
Li  are  so  much  lower  in  energy  than  the  2s  orbitals,  however, 

that  the  a*s  antibonding  MO  is  still  well  below  the  cr^  bond- 
ing MO. 
Each  Li  atom  has  three  electrons,  so  six  electrons  must  be 

placed  in  the  MOs  of  Li2.  As  shown  in  Figure  9.37,  these  oc- 

cupy the  a- is,  <j is,  and  cr2s  MOs,  each  with  two  electrons. 
There  are  four  electrons  in  bonding  orbitals  and  two  in  anti- 1 

bonding  orbitals,  so  the  bond  order  equals  -  2)  =  l.The 
molecule  has  a  single  bond,  in  accord  with  its  Lewis 
structure. 

Because  both  the  crls  and  a*s  MOs  of  Li2  are  completely 
filled,  the  Is  orbitals  contribute  almost  nothing  to  the  bond- 

ing. The  single  bond  in  Li2  is  due  essentially  to  the  interaction 

of  the  valence  2s  orbitals  on  the  Li  atoms.  This  example  illus- 

trates the  general  rule  that  core  electrons  usually  do  not  con- 

I 

U 

I  1 
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tribute  significantly  to  bonding  in  molecule  formation.  The  rule  is  equivalent  to 

using  only  the  valence  electrons  when  drawing  Lewis  structures.  Thus,  we 

need  not  consider  further  the  Is  orbitals  while  discussing  the  other  second-row 
diatomic  molecules. 

The  MO  description  of  Be2  follows  readily  from  the  energy-level  diagram 

for  Lin-  Each  Be  atom  has  tour  electrons  (  ls"2s"),  so  we  must  place  eight  elec- 

trons in  molecular  orbitals.  Thus,  we  completely  till  the  <ru,  <r*s,  <r2s,  and  <r2„ 
MOs.  We  have  an  equal  number  ol  bonding  and  antibonding  electrons,  so  the 
bond  order  equals  0.  Consistent  with  this  analysis,  Be2  does  not  exist. 

Q    GIVE  IT  SOME  THOUGHT 

Would  you  expect  Be2   to  be  a  stable  ion? 

Molecular  Orbitals  from  2p  Atomic  Orbitals 

Before  we  can  consider  the  remaining  second-row  molecules,  we  must  look  at 
the  MOs  that  result  from  combining  2/'  atomic  orbitals.  The  interactions  be- 

tween p  orbitals  are  show  n  in  Figure  9.38  ▼,  where  we  have  arbitrarily  chosen 

the  internuclear  axis  to  be  the  :-a\is.  The  2/'  orbitals  face  each  other  in  a  "head- 
to-head"  fashion.  Just  as  we  did  tor  the  s  orbitals,  we  can  combine  the  2/>  or- 

bitals in  two  ways.  One  combination  concentrates  electron  density  between  the 

nuclei  and  is  therefore  a  bonding  molecular  orbital.  The  other  combination  ex- 
cludes electron  density  from  the  bonding  region;  it  is  an  antibonding  molecular 

orbital.  In  each  of  these  MOs  the  electron  density  lies  along  the  line  through  the 
nuclei,  so  they  are  <r  molecular  orbitals:  irz  and  fr2„. 

(a)  "End-on"  o\  erlap  of  /»  orbitals  forms  <r  and  c  MOs. 
M  Figure  9.38   Contour  representations 
of  the  molecular  orbitals  formed  by  Ip 
orbitals.  Each  time  we  combine  two  atomic 
orbitals,  we  obtain  two  MOs:  one  bonding  and 
one  antibonding. 

2/': 

(b)  "Sideways"  overlap  of  />  orbitals  forms  two  sets  of  ~  and  n*  MOs. 

2p 

7T2„ 

7T$„ 
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Phases  in  Atomic  and  Molecular  Orbitals 

lit  discussion  of  atomic  orbitals  in  Chapter  6  and  molec- 
ular orbitals  in  this  chapter  highlights  some  of  the  most 

important  applications  of  quantum  mechanics  in  chemistry.  In 
the  quantum  mechanical  treatment  of  electrons  in  atoms  and 

molecules,  we  are  mainly  interested  in  obtaining  two  charac- 
teristics of  the  electrons — namely,  their  energies  and  their  dis- 

tribution in  space.  Recall  that  solving  Schrddinger's  wave 
equation  yields  the  electron's  energy,  E,  and  wave  function, 
but  that  i/'  itself  does  not  have  a  direct  physical  meaning. 

The  contour  representations  of  atomic  and 
molecular  orbitals  that  we  have  presented  thus  far  are  based 

on  the  square  of  the  wave  function,  t/'~  (the  probability  density), 
which  gives  the  probability  of  finding  the  electron  at  a  given 
point  in  space. 

Because  probability  densities  are  squares  of  functions, 
their  values  must  be  nonnegative  (zero  or  positive)  at  all 
points  in  space.  Remember  that  points  where  the  probability 

density  is  zero  are  called  nodes:  At  a  node  there  is  a  zero  prob- 
ability of  finding  the  electron.  Consider,  for  example,  the  />,  or- 

bital presented  in  Figure  6.22.  For  this  orbital,  the  probability 

density  at  any  point  on  the  plane  defined  by  the  y-  and  z-axes 
is  zero — we  say  that  the  i/z  plane  is  a  nodal  plane  of  the  orbital. 
Likewise,  the  <rls  MO  of  LL  shown  in  Figure  9.34  has  a  nodal 
plane  that  is  perpendicular  to  the  line  connecting  the  H  atoms 

and  midway  between  them.  Whv  do  these  nodes  arise?  To  an- 
swer that  question,  we  must  take  a  closer  look  at  the  wave 

functions  for  the  orbitals. 

In  order  to  understand  the  nodes  in  p  orbitals,  we  can 
draw  an  analogy  to  a  sine  function.  Figure  9.39  ►  shows  one 
cycle  of  the  function  sin  x  centered  on  the  origin.  Notice  that 
the  two  halves  of  the  wave  have  the  same  shape  except  that 

one  has  positive  values  and  the  other  negative  values — the 
two  halves  of  the  function  differ  in  their  sign,  or  phase.  The  ori- 

gin, which  is  where  the  function  changes  sign,  is  a  node 

(sin  0  =  0).  What  happens  if  we  square  this  function?  Figure 
9.39  (b)  shows  that  when  we  square  the  function,  we  get  two 
peaks  that  look  the  same  on  each  side  of  the  origin.  Both  of  the 

peaks  are  positive  because  squaring  a  negative  number  pro- 
duces a  positive  number — we  lose  the  phase  information  of 

the  function  upon  squaring  it.  Note  also  that  because 
sin  (1  =  0,  it  follows  that  sin  0  =  0.  Thus,  the  origin  is  still  a 
node  even  though  the  function  is  positive  on  both  sides  of  the 
origin. 

The  wave  function  for  a  p  orbital  is  much  like  a  sine  func- 
tion inasmuch  as  it  has  two  equal  parts  that  have  opposite 

phases.  I  igure  c>. 40(a)  ►  gives  a  typical  representation  used  by 

(a) 
—  77 

77 

(b) 

A  Figure  9.39   Phases  in  the  sine  function,  (a)  A  full  cycle  of  a  sine 
wave  has  two  equivalent  halves  that  are  opposite  in  sign  (phase).  The  origin  is 
a  node,  (b)  Squaring  the  sine  fundion  produces  two  equivalent  positive  peaks. 
The  origin  is  still  a  node. 

chemists  of  the  wave  function  for  a  px  orbital.*  We  typically 
use  two  different  colors  for  the  lobes  to  indicate  the  different 

phases.  Like  the  sine  function,  the  origin  is  a  node.  When  we 

square  the  wave  function  for  the  px  orbital,  we  get  the  proba- 
bility density  for  the  orbital,  which  is  given  as  a  contour  repre- 

sentation in  Figure  9.40(b).  For  this  function,  both  lobes  have 
the  same  phase  and  therefore  the  same  color. 

The  lobes  of  the  wave  functions  for  the  d  orbitals  also 

have  different  phases.  For  example,  the  wave  function  for  a  dxl/ 
orbital  has  four  lobes  that  alternate  in  phase,  as  shown  in 
Figure  9.40(c).  The  wave  functions  for  the  dxz,  dyz,  and  rfv2-,,2 

*  The  mathematical  development  of  this  three-dimensional  function 
(and  its  square)  is  beyond  the  scope  of  this  book,  and,  as  is  typically 
done  by  chemists,  we  have  used  lobes  that  are  the  same  shape  as  in 

Figure  6.22. 

7\  / 
77 

The  other  2p  orbitals  overlap  sideways  and  thus  concentrate  electron  densi- 
ty on  opposite  sides  of  the  line  through  the  nuclei.  MOs  of  this  type  are  called  pi 

(77)  molecular  orbitals.  We  get  one  tt  bonding  MO  by  combining  the  2px  atom- 
ic orbitals  and  another  from  the  2py  atomic  orbitals.  These  two  tt2p  molecular 

orbitals  have  the  same  energy;  in  other  words,  they  are  degenerate.  Likewise, 

we  get  two  degenerate  irXp  antibonding  MOs. 
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(a) (b) (c) 

orbitals  likewise  have  lobes  of  alternating  phase.  In  the  wave 

function  for  the  d  -  orbital,  the  "doughnut"  has  a  phase  oppo- 
site that  of  the  two  large  lobes. 

We  encounter  a  very  similar  situation  with  molecular  or- 
bitals. The  wave  function  of  the  i^,  MO  ol  11^  is  constructed 

by  adding  the  wave  function  for  a  1  s  orbital  on  one  atom  to  the 
wave  function  for  a  Is  orbital  on  the  other  atom,  but  with  the 

two  orbitals  having  different  phases.  Chemists  generalh 

sketch  this  wave  function  by  simply  drawing  the  contour  rep- 
resentations of  the  Is  orbitals  in  different  colors,  .is  shown  in 

Figure  9.41(a)  ►.  The  fact  that  the  Is  orbitals  hav  e  different 
phases  causes  a  node  halfway  between  the  atoms.  Notice  how 
this  wave  function  has  similarities  to  the  sine  function  and  to  a 

p  orbital — in  each  of  these  cases  we  have  two  parts  of  the  func- 
tion of  opposite  phase  separated  by  a  node.  When  we  square 

the  wave  function  of  the  <r|s  MO,  we  get  the  probability  densi- 
ty representation  given  in  Figure  c'.34 — notice  that  we  once 

again  lose  the  phase  information  when  we  look  at  the  proba- 
bility density. 

The  same  phenomenon  occurs  when  /»  orbitals  form 

bonding  and  antibonding  MOs.  Figures  "a. 4Kb)  and  4.41(c) 
show  the  atomic  orbital  wave  functions  oriented  to  form  the 

(T2t,  and  (Ap  MOs  of  a  homonuclear  diatomic  molecule  In  the 
bonding  (t^,,  orbital,  the  lobes  of  the  same  phase  point  at  one 

<  Figure  9.40   Atomic  orbital  wave 
functions,  (a)  The  wave  function  for  a  p  orbital 
has  two  equivalent  lobes  that  have  opposite  sign 
(b)  The  probability  density  for  a  p  orbital  has  two 
lobes  that  have  the  same  sign,  (c)  The  wave 
function  for  the  c/,,  orbital  has  lobes  of alternating  sign. 
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A  Figure  9.41    Molecular  orbitals  from  atomic  orbital  wave 
functions,  (a)  The  mixing  of  two  1  s  orbitals  that  are  opposite  in  phase 

produces  a  <r  *u  MO.  (b)  The  mixing  of  two  2p  orbitals  pointing  at  each  other 
with  lobes  of  the  same  phase  produces  a  <r2p  MO.  (c)  The  mixing  of  two 
2p  orbitals  pointing  at  each  other  with  lobes  of  opposite  phase  produces 

another,  which  concentrates  the  electron  density  between  the  a  -r2/,  MO.  Notice  that  a  node  is  generated  in  (a)  and  (c) 
nuclei.  In  contrast,  to  construct  the  antibonding  <r^   MO,  the 

2p  orbitals  are  lined  up  so  that  the  lobes  th.it  point  at  one  an- 
other have  different  phases.  Because  thev  have  a  different 

phase,  the  mixing  of  these  orbitals  leads  to  the  exclusion  ol 

electron  density  in  the  region  between  the  nuclei  and  the  for- 
mation of  a  node  halfway  between  the  nuclei,  both  ol  which 

are  important  characteristics  of  antibonding  MOs.  We  present- 
ed the  probability  densities  for  these  MOs  in  Figure  9.38. 

Our  brief  discussion  has  given  you  only  an  introduction  to 
the  mathematical  subtleties  ol  atomic  and  molecular  orbitals 
The  wave  functions  of  atomic  and  molecular  orbitals  are  used 

by  chemists  to  understand  many  aspects  of  chemical  bonding 
and  spectroscopy,  and  you  will  probably  see  orbitals  drawn  in 
color  to  show  phases  if  you  take  a  course  in  organic  i  hemistry. 
Related  Exercises:  9.89  and  9.103 

The  2pz  orbitals  on  two  atoms  point  directly  at  each  other.  I  lence,  the  over- 
lap of  two  2/';  orbitals  is  greater  than  that  for  two  2/',  or  2/7,,  orbitals.  From  rule 

3  we  therefore  expect  the  <t1v  MO  to  be  lower  in  energy  (more  stable)  than  the 

772,,  MOs.  Similarly,  the  a\p  MO  should  be  higher  in  energy  (less  stable)  than 
the  7T2P  MOs. 
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►   Figure  9.42   Energy-level  diagram  for 
MOs  of  second-row  homonuclear  diatomic 
molecules.  The  diagram  assumes  no  interaction 
between  the  2s  atomic  orbital  on  one  atom  and 

the  7p  atomic  orbitals  on  the  other  atom,  and- 
experiment  shows  that  it  fits  only  for  02,  F2, 
and  Ne2. 

— o 
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A  Figure  9.4 1    Interaction  of  2s  and  2p 
atomic  orbitals.  The  2s  orbital  on  one  atom  of  a 
diatomic  molecule  can  overlap  with  the  2p/ 
orbital  on  the  othi  i  atom.  These  2s-2p 
interactions  can  alto  the  energetic  ordering  of 
the  MOs  of  the  molecule. 

Electron  Configurations  for  B2  Through  Ne2 

We  have  thus  far  independently  considered  the  MOs  that  result  from  s  orbitals 

(Figure  9.37)  and  from  p  orbitals  (Figure  9.38).  We  can  combine  these  results  to 

construct  an  energy-level  diagram  (Figure  9.42  ▲)  for  homonuclear  diatomic 
molecules  of  the  elements  boron  through  neon,  all  of  which  have  valence  2s  and 

2/'  atomic  orbitals.  The  following  features  of  the  diagram  are  notable: 

1.  The  2s  atomic  orbitals  are  lower  in  energy  than  the  2p  atomic  orbitals. 
Consequently,  both  of  the  molecular  orbitals  that  result 

from  the  2s  orbitals,  the  bonding  rr2„  and  antibonding  a2f  are  lower  in  ener- 
gy than  the  lowest-energy  MO  derived  from  the  2/'  atomic  orbitals. 

2.  The  overlap  of  the  two  2pz  orbitals  is  greater  than  that  of  the  two  2px  or 

2py  orbitals.  As  a  result,  the  bonding  <x2„  MO  is  lower  in  energy  than  the 

TTin  MOs,  and  the  antibonding  cr2„  MO  is  higher  in  energy  than  the  7r2p 
MOs. 

3.  Both  the  712,,  and  7r2/,  molecular  orbitals  are  doubly  degenerate;  that  is,  there 
are  two  degenerate  MOs  of  each  type. 

Before  we  can  add  electrons  to  the  energy-level  diagram  in  Figure  9.42, 

there  is  one  more  effect  we  must  consider.  We  have  constructed  the  diagram  as- 
suming there  is  no  interaction  between  the  2s  orbital  on  one  atom  and  the  2p  or- 

bitals on  the  other.  In  fact,  such  interactions  can  and  do  take  place. 

Figure  9.43  -4  shows  the  overlap  of  a  2s  orbital  on  one  of  the  atoms  with  a  2pz 

orbital  on  the  other.  These  interactions  affect  the  energies  of  the  cr2s  ar>d  °"2» 
molecular  orbitals  in  such  a  way  that  these  MOs  move  further  apart  in  energy, 

the  <r2s  falling  and  the  cr2p  rising  in  energy  (Figure  9.44  ► ).  These  2s-2p  interac- 
tions are  strong  enough  that  the  energetic  ordering  of  the  MOs  can  be  altered: 

For  B2l  C2,and  N2,  the  o-2„  MO  is  above  the  tt 2/,  MOs  in  energy.  For  02,  F2,  and  Ne2, 
the  (r2p  MO  is  below  Hie  7r2/,  MOs. 

Given  the  energy  ordering  of  the  molecular  orbitals,  it  is  a  simple  matter  to 

determine  the  electron  configurations  for  the  second-row  diatomic  molecules 
B2  t h rough  Ne2.  For  example,  a  boron  atom  has  three  valence  electrons. 
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9.8  Second-Row  Diatomic  Molecule: 

Increasing  2s-2p  interaction 
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<  Figure  9.44  The  effect  of  1s-1p 
interactions.  When  the  25  and  2/;  orbitals 
interact,  the  <  r  A  MO  falls  in  energy  and  the  i  r ,; 
MO  rises  in  energy.  For  02,  F2,  and  Ne_>,  the 
interaction  is  small,  and  the  <r    MO  remains 
below  the  ~2p  MOs,  as  in  Figure  9.42.  For  B?,  C2, 
and  N2,  the  2s-2p  interaction  is  great  enough  that 
the  <rjp  MO  rises  above  the  Tr2p  MOs,  as  shown 
on  the  right. 

□ 

□ B-. ,  C2 ,  N2 

(Remember  that  we  are  ignoring  the  inner-shell  Is  electrons.)  Thus,  tor  B2  we 
must  place  six  electrons  in  MOs.  Four  of  these  fully  occupy  the  rr^  and  rr^ 

MOs,  leading  to  no  net  bonding.  The  last  two  electrons  are  put  in  the  tt2,,  bond- 
ing MOs;  one  electron  is  put  in  one  tt2i,  MO  and  the  other  electron  is  put  in  the 

other  TT2V  MO,  with  the  two  electrons  having  the  same  spin.  Therefore,  B2  has  a 
bond  order  of  1.  Each  time  we  move  one  element  to  the  right  in  the  second  row, 

two  more  electrons  must  be  placed  in  the  diagram.  For  example,  on  moving  to 
Ct,  we  have  two  more  electrons  than  in  B2,  and  these  electrons  are  also  placed 

in  the  7r2;,  MOs,  completely  filling  them.  The  electron  configurations  and  bond 
orders  for  the  diatomic  molecules  B2  through  Ne2  are  given  in  Figure  9.45  ▼. 
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▲  Figure  9.45   The  second-row  diatomic  molecules.  Molecular  orbital  electron  configurations  and  some  experimental  data  foi 
row  diatomic  molecules. 
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(a)  The  sample  is  first  (b)  When  a  field  is  applied,  a  (c)  A  paramagnetic  sample  is 
weighed  in  the  absence         diamagnetic  sample  moves  out  drawn  into  the  field  and  thus 

of  a  magnetic  field.             ot  the  field  and  thus  appears  appears  to  gain  mass. 
to  have  a  lower  mass. 

▲  Figure  9.46  Determining  the  magnetic  properties  of  a  sample.  The  response  of  a  sample  to  a  magnetic  field 
indicates  whether  it  is  diamagnetic  or  paramagnetic.  Paramagnetism  is  a  much  stronger  effect  than  diamagnetism. 

Electron  Configurations  and  Molecular  Properties 

The  way  a  substance  behaves  in  a  magnetic  field  provides  an  important  insight 
into  the  arrangements  of  its  electrons.  Molecules  with  one  or  more  unpaired 
electrons  are  attracted  into  a  magnetic  field.  The  more  unpaired  electrons  in  a 
species,  the  stronger  the  force  of  attraction.  This  type  of  magnetic  behavior  is 
called  paramagnetism. 

Substances  with  no  unpaired  electrons  are  weakly  repelled  from  a  magnet- 
ic field.  This  property  is  called  diamagnetism.  Diamagnetism  is  a  much  weaker 

effect  than  paramagnetism.  A  straightforward  method  for  measuring  the  mag- 
netic properties  of  a  substance,  illustrated  in  Figure  9.46  ▲,  involves  weighing 

the  substance  in  the  presence  and  absence  of  a  magnetic  field.  If  the  substance  is 

paramagnetic,  it  will  appear  to  weigh  more  in  the  magnetic  field;  if  it  is  dia- 
magnetic, it  will  appear  to  weigh  less.  The  magnetic  behaviors  observed  for  the 

diatomic  molecules  of  the  second-row  elements  agree  with  the  electron  config- 
urations shown  in  Figure  9.45. 

Q    GIVE  IT  SOME  THOUGHT 

Figure  9.45  indicates  that  the  C2  molecule  is  diamagnetic.  Would  that  be  expected  if 

the  (Tip  MO  were  lower  in  energy  than  the  - 2p  MOs? 

The  electron  configurations  can  also  be  related  to  the  bond  distances 

and  bond  enthalpies  of  the  molecules.  As  bond  orders  in- 
crease, bond  distances  decrease  and  bond  enthalpies  increase.  N2,  for  example, 

whose  bond  order  is  3,  has  a  short  bond  distance  and  a  large  bond  enthalpy. 

The  N2  molecule  does  not  react  readily  with  other  substances  to  form  nitrogen 
compounds.  The  high  bond  order  of  the  molecule  helps  explain  its  exceptional 

stability.  We  should  also  note,  however,  that  molecules  with  the  same  bond  or- 
ders do  not  have  the  same  bond  distances  and  bond  enthalpies.  Bond  order  is 

only  one  factor  influencing  these  properties.  Other  factors  include  the  nuclear 
charges  and  the  extent  of  orbital  overlap. 

Bonding  in  the  dioxygen  molecule,  Cs,  is  especially  interesting.  Its  Lewis 
structure  shows  a  double  bond  and  complete  pairing  of  electrons: 

Q=Q 

The  short  O  —  O  bond  distance  (1.21  A)  and  the  relatively  high  bond  enthalpy 
(495  kj/mol)  are  in  agreement  with  the  presence  of  a  double  bond.  However, 
the  molecule  is  found  to  contain  two  unpaired  electrons.  The  paramagnetism  of 



9.8     |     Second-Row  Diatomic  Molecules 

▲  Figure  9.47  Paramagnetism  of  02.  Liquid  02  being  poured  between  the  poles  of  a  magnet.  Because  each  02  molecule  contains 

two  unpaired  electrons,  02  is  paramagnetic.  It  is  therefore  attractpd  into  the  magnetic  field  and  "sticks"  between  the  magnetic  poles 

O2  is  demonstrated  in  Figure  9.47  ▲.  Although  the  Lewis  structure  fails  to  ac- 
count for  the  paramagnetism  of  O2,  molecular  orbital  theory  correctly  predicts 

1  that  there  are  two  unpaired  electrons  in  the  770,,  orbital  of  the  molecule  (Figure 

'  9.45).  The  MO  description  also  correctly  indicates  a  bond  order  of  2. 
Going  from  Gs  to  F2,  we  add  two  more  electrons,  completely  filling  the  tt^, 

MOs.  Thus,  Fo  is  expected  to  be  diamagnetic  and  have  an  F  —  F  single  bond,  in 
accord  with  its  Lewis  structure.  Finally,  the  addition  of  two  more  electrons  to 
make  Nct  fills  all  the  bonding  and  antibonding  MOs;  therefore,  the  bond  order 

of  Nc'2  is  zero,  and  the  molecule  is  not  expected  to  exist. 

n  SAMPLE  EXERCISE  9.9  |  Molecular  Orbitals  of  a  Second-Row  Diatomic  Ion 

Predict  the  following  properties  of  02 ' :  (a)  number  of  unpaired  electrons,  (b)  bond 
order,  (c)  bond  enthalpy  and  bond  length. 

Solution 

Analyze:  Our  task  is  to  predict  several  properties  of  the  cation  02 '  . 
Plan:  We  will  use  the  MO  description  of  02 '  to  determine  the  desired  properties.  We 
must  first  determine  the  number  of  electrons  in  02  and  then  draw  its  MO  energy  di- 

agram. The  unpaired  electrons  are  those  without  a  partner  of  opposite  spin.  The  bond 
order  is  one-half  the  difference  between  the  number  of  bonding  and  antibonding 
electrons.  After  calculating  the  bond  order,  we  can  use  the  data  in  Figure  9.45  to  esti- 

mate the  bond  enthalpy  and  bond  length. 

Solve:  (a)  The  02  +  ion  has  11  valence  electrons,  one  fewer  than  02.  The  electron  re- 
moved from  O2  to  form  02  +  is  one  of  the  two  unpaired  77*  electrons  (see  Figure  9.45). 

Therefore,  02  +  has  just  one  unpaired  electron. 
(b)  The  molecule  has  eight  bonding  electrons  (the  same  as  02)  and  three  anti- 

bonding  electrons  (one  fewer  than  02).  Thus,  its  bond  order  is 

|(8  -  3)  =  l\ 

(c)  The  bond  order  of  02 '  is  between  that  for  02  (bond  order  2)  and  N2  (bond  order 
3).  Thus,  the  bond  enthalpy  and  bond  length  should  be  about  midway  between  those  for 
02  and  N2,  approximately  700  kj/mol  and  1.15  A,  respectively.  The  experimental  bond 
enthalpy  and  bond  length  of  the  ion  are  625  kj/mol  and  1.123  A,  respectively. 

Wm  PRACTICE  EXERCISE 

Predict  the  magnetic  properties  and  bond  orders  of  (a)  the  peroxide  ion,  02"  ;  (b)  the 
acetylide  ion,  C2  . 
Answers:  (a)  diamagnetic,  1;  (b)  diamagnetic,  3 
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Heteronuclear  Diatomic  Molecules 

The  same  principles  we  have  used  in  developing  an  MO  description  of 
homonuclear  diatomic  molecules  can  be  extended  to  heteronuclear  diatomic 

molecules — those  in  which  the  two  atoms  in  the  molecule  are  not  the  same.  We 
will  conclude  this  section  on  MO  theory  with  a  brief  discussion  of  the  M(  )s  of  a 

fascinating  heteronuclear  diatomic  molecule — the  nitric  oxide,  NO,  molecule. 
The  NO  molecule  has  been  shown  to  control  several  important  human 

physiological  functions.  Our  bodies  use  it,  for  example,  to  relax  muscles,  to  kill 
foreign  cells,  and  to  reinforce  memory.  The  1998  Nobel  Prize  in  Physiologv  or 
Medicine  was  awarded  to  three  scientists  for  their  research  that  uncovered  the 

importance  of  NO  as  a  "signalling"  molecule  in  the  cardiovascular  system.  That 
NO  plays  such  an  important  role  in  human  metabolism  was  unsuspected  be- 

fore 1987  because  NO  has  an  odd  number  of  electrons  and  is  highly  reactive. 
The  molecule  has  11  valence  electrons,  and  two  possible  Lewis  structures  can 
be  drawn.  The  one  with  the  lower  formal  charges  places  the  odd  electron  on  the 
N  atom: 

0       0  1       *  I 
N  =  0  <  >  N  =  6 

T  Figure  9.48 
diagram  for  NO. 
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Both  structures  indicate  the  presence  of  a  double  bond,  but  when  compared 
with  the  molecules  in  Figure  9.45,  the  experimental  bond  length  of  NO  (1.15  A) 
suggests  a  bond  order  greater  than  two.  How  do  we  treat  NO  using  the  MO 
model? 

If  the  atoms  in  a  heteronuclear  diatomic  molecule  do  not  differ  too  greatly 
in  their  electronegativities,  the  description  of  their  MOs  will  resemble  those  for 
homonuclear  diatomics,  with  one  important  modification:  The  atomic  energies 
of  the  more  electronegative  atom  will  be  lower  in  energy  than  those  of  the  less 
electronegative  element.  The  MO  diagram  for  NO  is  shown  in  Figure  9.48  A, 

and  you  can  see  that  the  2s  and  2p  atomic  orbitals  of  oxygen  (more  electronega- 
tive) are  slightly  lower  than  those  of  nitrogen  (less  electronegative).  We  see  that 

the  MO  energy-level  diagram  is  much  like  that  of  a  homonuclear 
diatomic  molecule — because  the  2s  and  2p  orbitals  on  the  two 
atoms  interact,  the  same  types  of  MOs  are  produced. 

There  is  one  other  important  change  in  the  MOs  when  we 
consider  heteronuclear  molecules.  The  MOs  that  result  are  still  a 

mix  of  the  atomic  orbitals  from  both  atoms,  but  in  general  an  MO 

will  have  a  greater  contribution  from  the  atomic  orbital  to  which  it  is 

^1  |  ;  "yT]  closer  in  energy.  In  the  case  of  NO,  for  example,  the  cr^  bonding MO  is  closer  in  energy  to  the  O  2s  atomic  orbital  than  to  the  N  2s 

atomic  orbital.  As  a  result,  the  er^  MO  has  a  slightly  greater  con- 
tribution from  O  than  from  N — the  orbital  is  no  longer  an  equal 

mixture  of  the  two  atoms,  as  was  the  case  for  the  homonuclear  di- 
atomic molecules.  Similarly,  the  er^  antibonding  MO  is  weighted 

more  heavily  toward  the  N  atom  because  that  MO  is  closest  in  en- 
ergy to  the  N  2s  atomic  orbital. 
We  complete  the  MO  diagram  for  NO  by  filling  the  MOs  in 

Figure  9.48  with  the  11  valence  electrons.  We  see  that  there  are  eight 
bonding  and  three  antibonding  electrons,  giving  a  bond  order  of 

|(8  -  3)  =  2 \,  which  agrees  better  with  experiment  than  the 
Lewis  structures  do.  The  impaired  electron  resides  in  one  of  the  tt2p 
MOs,  which  are  more  heavily  weighted  toward  the  N  atom.  This 
description  is  consistent  with  the  left  Lewis  structure  above  (the  one 
preferred  on  the  basis  of  formal  charge),  which  places  the  unpaired 

C )  atom  electron  on  the  N  atom. 

2p 

~-  11 



9.8         Second-Row  Diatomic  Molecules 

CHEMISTRY  AT  WORK  |  Organic  Dyes 

The  chemistry  of  color  lids  fascinated  people  since  ancient 
times.  The  brilliant  colors  around  you-  those  of  your 

clothes,  the  photographs  in  this  book,  the  foods  you  eat — are 
due  to  the  selective  absorption  of  light  In  <  hemicals.  I  ight  ex- 

cites electrons  in  molecules.  In  a  molecular  orbital  picture,  we 
can  envision  light  exciting  an  electron  from  a  filled  molecular 
orbital  to  an  empty  one  at  higher  energy.  Because  the  MOs 
have  definite  energies,  only  light  ol  the  proper  wavelengths 
can  excite  electrons.  The  situation  is  analogous  to  that  ol  atom- 

ic line  spectra.  II  the  appropriate  wavelength 
for  exciting  electrons  is  in  the  visible  portion  of  the  electro- 

magnetic spectrum,  the  substance  will  appear  colored:  Certain 
wavelengths  of  white  light  are  absorbed,  others  are  not.  A  red 
traffic  light  appears  red  because  only  red  light  is  transmitted 
through  the  lens.  1  he  other  wavelengths  ol  visible  light  are  ab- 

sorbed by  it. 

In  using  molecular  orbital  theory  to  discuss  the  absorp- 
tions of  light  bv  molecules,  we  can  locus  on  two  MOs  in  par- 

ticular. The  highest  occupied  molecular  orbital  (HOMO)  is  the 

MO  of  highest  energy  that  has  electrons  in  it.  The  linnet  iiihh  - 
cupied  molecular  orbital  (LUMO)  is  the  MO  of  lowest  energy 
that  does  not  have  electrons  in  it.  In  !V,  for  example,  the 

HOMO  is  the  tt2p  MO  and  the  LUMO  \- the  ->  MO  (Figure 
9.45).  The  energy  difference  between  the  HOMO  and  the 

LUMO— known  as  the  HOMO-LUMO  gap— is  related  to  the 
minimum  energy  needed  to  excite  an  electron  in  the  molecule. 
Colorless  or  white  substances  usually  base  such  a  large 

HOMO-LUMO  gap  that  visible  light  is  not  energetic  enough 
to  excite  an  electron  to  the  higher  level.  The  minimum  energy 
needed  to  excite  an  electron  in  Ni  corresponds  to  light  with  a 
wavelength  of  less  than  201)  nm,  whu  h  is  tar  into  the  ultravio- 

let part  of  the  spectrum  (Figure  6.4).  As  a  result,  cannot  ab- 
sorb any  visible  light  and  is  therefore  colorless. 

Many  rich  colors  are  due  to  organic  dyes,  organic  mole- 
cules that  strongly  absorb  selected  wavelengths  of  visible 

light.  Organic  dves  are  most  familiar  as  the  substances  that  are 
used  to  provide  vibrant  colors  to  fabrics.  Thev  are  also  used 

in  color  photographic  film  and  in  new  high-tech  applica- 
tions such  as  the  recordable  compact  discs  called  CD-Rs 

(Figure  9.49  ▼  ).  In  a  CD-R  a  thin  layer  of  a  transparent  colored 
organic  dye  is  sandw  iched  between  a  reflective  surface  and  a 

clear,  rigid  polymer  backing.  Data  are  "burned"  onto  the  C  I  )- 
R  by  use  of  a  laser.  W  hen  the  laser  strikes  the  dye,  the  d\  e  mol- 

ecules absorb  the  light,  change  structure,  and  become  opaque. 

I  he  selective  production  of  these  opaque  "pits"  in  the  CD-R 
gives  it  the  capacity  to  store  data  in  binary  ("clear"  or 
"opaque")  form.  Because  the  structure  ol  the  dye  is  irre- 

versibly altered  during  the  writing  ol  data  on  the  disi.,  data 
can  be  written  only  on(  e  to  any  given  part  ol  the  disc. 

Organic  dves  contain  extensively  delocalized  rr  electrons. 
I  he  molecules  contain  atoms  that  are  predominantly  hy- 

bridized, like  the  carbon  atoms  in  benzene  (Figure  9.28).  I  his 

leaves  one  unhybridized  />  orbital  on  each  atom  to  form  ~ 
bonds  with  neighboring  atoms.  1  he  /»  orbitals  are  arranged  so 
that  electrons  can  be  delocalized  throughout  the  entire  mole- 

cule; we  say  that  the  n  bonds  are  conjugated.  The  HOMO- 
LUMO  gap  in  such  molecules  decreases  as  the  number  of 
conjugated  double  bonds  increases,  butadiene,  (C  jl  I,,),  for  ex- 

ample, has  alternating  carbon-carbon  double  and  single 
bonds: 

I  I 

I  I 

I  I I  I 

The  representation  on  the  right  is  the  shorthand  notation 
that  chemists  use  for  organic  molecules.  There  are  implicit  car- 

bon atoms  at  the  ends  ol  the  three  straight  segments,  and  there 

are  implicitly  sufficient  hydrogen  atoms  to  make  a  total  ol  lour 
bonds  at  each  carbon.  Butadiene  is  planar,  so  the  unhy- 

bridized /'  orbitals  on  the  carbons  are  pointing  in  the  same  di- 
rection. The  n  electrons  are  delocalized  among  the  lour  carbon 

atoms. 
Because  butadiene  has  only  two  conjugated  double 

bonds,  it  still  has  a  fairly  large  HOMO-LUMO  gap.  Butadiene 
absorbs  light  at  217  nm,  still  well  into  the  ultraviolet  part  of 

A  Figure  9.49   Organic  dyes.  The  color  in  organic 
dyes  is  the  result  of  electrons  being  excited  from  one 
molecular  orbital  to  another.  Organic  dyes  have  a  variety  of 
useful  applications,  from  the  production  of  colorful  fabrics 
(left)  to  the  production  of  laser-recordable  compact  discs 
(CD-Rs)  for  computer  data  storage  (right). 
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continued 

the  spectrum.  It  is  therefore  colorless.  If  we  keep  adding  new 
conjugated  double  bonds,  however,  the  HOMO-LUMO  gap 
keeps  shrinking  until  visible  light  is  absorbed.  /3-Carotene,  for 
example,  is  the  substance  chiefly  responsible  for  the  bright  or- 

ange color  of  carrots. 
Because  /3-carotene  contains  1 1  conjugated  double  bonds, 

its  77  electrons  are  very  extensively  delocalized.  It  absorbs 
light  of  wavelength  500  nm,  in  the  middle  of  the  visible  part  of 

the  spectrum.  The  human  body  converts  /3-carotene  into  vita- 
min A,  which  in  turn  is  converted  into  retinal,  a  component  of 

rhodopsin,  found  in  the  retinas  of  your  eyes.  (See  the  "Chem- 
istry and  Life"  box  in  Section  9.6.)  The  absorption  of  visible 

light  by  rhodopsin  is  a  major  reason  why  "visible"  light  is  in- 
deed visible.  Thus,  there  seems  to  be  a  good  basis  for  the 

maxim  that  eating  carrots  is  good  for  your  eyesight. 
Related  Exercises:  9.93  and  9.104 

/3-carotene 

MM  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

Elemental  sulfur  is  a  yellow  solid  that  consists  of  S*  molecules.  The  structure  of  the  SH 

molecule  is  a  puckered  eight-membered  ring  (Figure  7.30).  Heating  elemental  sulfur 
to  high  temperatures  produces  gaseous  St  molecules: 

S8(s)   ►  4  S2(g) 

(a)  With  respect  to  electronic  structure,  which  element  in  the  second  row  of  the  peri- 
odic table  is  most  similar  to  sulfur?  (b)  Use  the  VSEPR  model  to  predict  the  S  —  S  —  S 

bond  angles  in  S«  and  the  hybridization  at  S  in  S*.  (c)  Use  MO  theory  to  predict  the 
sulfur-sulfur  bond  order  in  St.  Is  the  molecule  expected  to  be  diamagnetic  or  para- 

magnetic? (d)  Use  average  bond  enthalpies  (Table  8.4)  to  estimate  the  enthalpy 
change  for  the  reaction  just  described.  Is  the  reaction  exothermic  or  endothermic? 

Solution  (a)  Sulfur  is  a  group  6A  element  with  an  [Ne]3s23/?4  electron  configuration.  It  is 
expected  to  be  most  similar  electronically  to  oxygen  (electron  configuration,  [He]2s22p 4), 
which  is  immediately  above  it  in  the  periodic  table. 
(b)  The  Lewis  structure  of  Sg  is 

:S— S: 

:S— S: 

S: ,S: 

There  is  a  single  bond  between  each  pair  of  S  atoms  and  two  nonbonding  electron 
pairs  on  each  S  atom.  Thus,  we  see  four  electron  domains  around  each  S  atom,  and 

we  would  expect  a  tetrahedral  electron-domain  geometry  corresponding  to  sp3  hy- 
bridization. Because  of  the  nonbonding  pairs,  we  would  ex- 

pect the  S  —  S  —  S  angles  to  be  somewhat  less  than  109°,  the  tetrahedral  angle. 
Experimentally,  the  S  —  S  —  S  angle  in  S«  is  108°,  in  good  agreement  with  this  predic- 

tion. Interestingly,  if  S§  were  a  planar  ring  (like  a  stop  sign),  it  would  have  S  —  S  —  S 
angles  of  135°.  Instead,  the  Sg  ring  puckers  to  accommodate  the  smaller  angles  dictat- 

ed by  sp  hybridization,  (c)  The  MOs  of  S2  are  entirely  analogous  to  those  of  02,  al- 
though the  MOs  for  St  are  constructed  from  the  3s  and  3;'  atomic  orbitals  of  sulfur. 

Further,  S2  has  the  same  number  of  valence  electrons  as  02.  Thus,  by  analogy  to  our 
discussion  of  02,  we  would  expect  S2  to  have  a  bond  order  of  2  (a  double  bond)  and 
to  be  paramagnetic  with  two  unpaired  electrons  in  the  773,,  molecular  orbitals  of  S2- 

(d)  We  are  considering  the  reaction  in  which  an  Sg  molecule  falls 

apart  into  four  Si  molecules.  From  parts  (b)  and  (c),  we  see  that  Sg  has  S  —  S  single 
bonds  and  S2  has  S  =  S  double  bonds.  During  the  course  of  the  reaction,  therefore, 
we  are  breaking  eight  S  —  S  single  bonds  and  forming  four  S  =  S  double  bonds.  We 
can  estimate  the  enthalpy  of  the  reaction  by  using  Equation  8.12  and  the  average 
bond  enthalpies  in  Table  8.4: 

AHrM1  =  8D(S-S)  -4  D(S  =  S)  =  8(266  kj)  -  4(418  kj)  =  +456  kj 
Because  AHrxn  >  0,  the  reaction  is  endothermic.  The  very  positive 
value  of  A  Hrxn  suggests  that  high  temperatures  are  required  to  cause  the  reaction  to  occur. 
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SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  9.1  rhe  three-dimensional 

shapes  and  sizes  of  molecules  are  determined  by  their 
bond  angles  and  bond  lengths.  Molecules  with  a  central 

atom  A  surrounded  by  //  atoms  13,  denoted  AB„,  adopt  a 
number  of  different  geometric  shapes,  depending  on  the 
value  of  /;  and  on  the  particular  atoms  invoked.  In  the 

overwhelming  majority  of  cases,  these  geometries  are  re- 
lated to  five  basic  shapes  (linear,  trigonal  pyramidal, 

tetrahedral,  trigonal  bipvramidal,  and  01  tahedral). 

Section  9.2  Ike  valence-shell  electron-pair  repulsion 
(VSEPR)  model  rationalizes  molecular  geometries  based 
on  the  repulsions  between  electron  domains,  which  are 
regions  about  a  central  atom  in  whic  h  elec  trons  are  likely 
to  be  found.  Bonding  pairs  of  electrons,  which  are  those 
involved  in  making  bonds,  and  nonbonding  pairs  of 

electrons,  also  called  lone  pairs,  both  create  electron  do- 
mains around  an  atom.  According  to  the  VSEPR  model, 

electron  domains  orient  themselves  to  minimize  electro- 

static repulsions;  that  is,  they  remain  as  far  apart  as  possi- 
ble. Electron  domains  from  nonbonding  pairs  exert 

slightly  greater  repulsions  than  those  from  bonding  pairs, 

which  leads  to  certain  preferred  positions  for  nonbond- 
ing pairs  and  to  the  departure  of  bond  angles  from  ideal- 
ized values.  Electron  domains  from  multiple  bonds  exert 

slightly  greater  repulsions  than  those  from  single  bonds. 
The  arrangement  of  electron  domains  around  a  central 

atom  is  called  the  electron-domain  geometry;  the 
arrangement  of  atoms  is  called  the  molecular  geometry. 

Section  9.3  The  dipole  moment  of  a  polyatomic  mole- 
cule depends  on  the  vector  sum  of  the  dipole  moments 

associated  with  the  individual  bonds,  called  the  bond 

dipoles.  Certain  molecular  shapes,  such  as  linear  AB2 
and  trigonal  planar  AEh,  assure  that  the  bond  dipoles 
cancel,  producing  a  nonpolar  molecule,  which  is  one 
whose  dipole  moment  is  zero.  In  other  shapes,  such  as 
bent  ABt  and  trigonal  pyramidal  AB^,  the  bond  dipoles 
do  not  cancel  and  the  molecule  will  be  polar  (that  is,  it 
will  have  a  nonzero  dipole  moment). 

Section  9.4  Valence-bond  theory  is  an  extension  of 

Lewis's  notion  of  electron-pair  bonds.  In  valence-bond 
theory,  covalent  bonds  are  formed  when  atomic  orbitals 
on  neighboring  atoms  overlap  one  another.  The  overlap 
region  is  a  favorable  one  for  the  two  electrons  because  of 

their  attraction  to  two  nuclei.  The  greater  the  overlap  be- 
tween two  orbitals,  the  stronger  the  bond  that  is  formed. 

Section  9.5  To  extend  the  ideas  of  valence-bond  the- 
ory to  polyatomic  molecules,  we  must  envision  mixing 

s,  p,  and  sometimes  d  orbitals  to  form  hybrid  orbitals. 
The  process  of  hybridization  leads  to  hybrid  atomic 
orbitals  that  have  a  large  lobe  directed  to  overlap  with 

orbitals  on  another  atom  to  make  a  bond.  Hybrid  or- 
bitals can  also  accommodate  nonbonding  pairs.  A  par- 

ticular mode  of  hybridization  can  be  associated  wit 

each  of  the  five  common  electron-domain  geometri 

(linear  =  sp;    trigonal    planar  =  sp  ;  tetrahedral 
trigonal  bipvramidal  =  s/r  J;  and  octahedral 

Section  9.6  Covalent  bonds  in  which  the  electron  den- 

sity lies  along  the  line  connecting  the  atoms  (the  internu- 
clear  axis)  are  called  sigma  Ur)  bonds.  Bonds  can  also  be 
formed  from  the  sideways  overlap  ot  p  orbitals.  Such  a 
bond  is  called  a  pi  (tt)  bond.  A  double  bond,  such  as  that 

in  C2H4,  consists  of  one  <r  bond  and  one  77  bond;  a  triple 
bond,  such  as  that  in  CtHt,  consists  of  one  <r  and  two  tt 

bonds.  The  formation  of  a  tt  bond  requires  that  molecules 

adopt  a  specific  orientation;  the  two  CLL  groups  in  C2H4, 
for  example,  must  lie  in  the  same  plane.  As  a  result,  the 
presence  ot  tt  bonds  introduces  rigidity  into  molecules. 

In  molecules  that  have  multiple  bonds  and  more  than  one 
resonance  structure,  such  as  ChHh,  the  tt  bonds  are 

delocalized;  that  is,  the  tt  bonds  are  spread  among  se\  er- 
al  atoms. 

Section  9.7  Molecular  orbital  theory  is  another  model 

used  to  describe  the  bonding  in  molecules.  In  this  mo- 
del the  electrons  exist  in  allowed  energy  states  called 

molecular  orbitals  (MOs).  These  orbitals  can  be  spread 
among  all  the  atoms  of  a  molecule.  Like  an  atomic  orbital, 
a  molecular  orbital  has  a  definite  energy  and  can  hold 
two  electrons  of  opposite  spin.  The  combination  ot  two 
atomic  orbitals  leads  to  the  formation  of  two  MOs,  one  at 

lower  energy  and  one  at  higher  energy  relative  to  the  en- 
ergy of  the  atomic  orbitals.  The  lower-energy  MO  concen- 

trates charge  density  in  the  region  between  the  nuclei  and 

is  called  a  bonding  molecular  orbital.  The  higher-energy 
MO  excludes  electrons  from  the  region  between  the  nu- 

clei and  is  called  an  antibonding  molecular  orbital  Oc- 
cupation of  bonding  MOs  favors  bond  formation, 

whereas  occupation  of  antibonding  MOs  is  unfavorable. 

The  bonding  and  antibonding  MOs  formed  by  the  combi- 
nation of  s  orbitals  are  sigma  Ur)  molecular  orbitals;  like 

it  bonds,  they  lie  on  the  internuclear  axis. 
The  combination  of  atomic  orbitals  and  the  relative 

energies  of  the  molecular  orbitals  are  shown  In  an 

energy-level  (or  molecular  orbital)  diagram  When  the 
appropriate  number  of  electrons  are  put  into  the  M(  )s,  we 
can  calculate  the  bond  order  ol  a  bond,  u  hi<  h  is  h 
difference  between  the  number  of  electrons  in  bom 
MOs  and  the  number  of  electrons  in  antiboiulin 

bond  order  of  1  corresponds  to  a  single  boi 
forth.  Bond  orders  can  be  fractional  numbe 

Section  9.8    Electrons  in  core  orbitals 

to  the  bonding  between  atoms,  so  a  mol 

scription  usually  needs  to  consider  on  I  s  in  the 
outermost  electron  subshells.  In  on.1  escribe  the 
MOs  of  second-row  homonucleai  nolecules, 
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we  need  to  consider  the  MOs  that  can  form  by  the  combi- 
nation of  p  orbitals.  The  p  orbitals  that  point  directly  at 

one  another  can  form  <r  bonding  and  a*  antibonding 
MOs.  The  p  orbitals  that  are  oriented  perpendicular  to  the 

internuclear  axis  combine  to  form  pi  (tt)  molecular  or- 
bitals. In  diatomic  molecules  the  -  molecular  orbitals 

occur  as  pairs  of  degenerate  (same  energy)  bonding  and 

antibonding  MOs.  The  <r2j  bonding  MO  is  expected  to  be 
lower  in  energy  than  the  tt2P  bonding  MOs  because  of 
larger  orbital  overlap.  This  ordering  is  reversed  in  B:,  C:, 

and  Ni  because  of  interaction  between  the  2s  and  2p 
atomic  orbitals. 

The  molecular  orbital  description  of  second-row  di- 
atomic molecules  leads  to  bond  orders  in  accord  with  the 

Lewis  structures  of  these  molecules.  Further,  the  model 

predicts  correctly  that  Q2  should  exhibit  paramagnetism, 

an  attraction  of  a  molecule  by  a  magnetic  field  due  to  un- 
paired electrons.  Those  molecules  in  which  all  the  elec- 

trons are  paired  exhibit  diamagnetism,  a  weak  repulsion 
from  a  magnetic  field. 

VISUALIZING  CONCEPTS 

9.1  A  certain  AB4  molecule  has  a  "seesaw"  shape:  what  direction  will  the  overall  dipole  moment  vector 
point  in  the  molecule?  [Sections  9.2  and  9.3] 

I 

From  which  of  the  fundamental  geometries  shown  in 

Figure  9.3  could  you  remove  one  or  more  atoms  to  cre- 
ate a  molecule  having  this  seesaw  shape?  [Section  9.]] 

9.2  (a)  It  the  three  balloons  shown  below  are  all  the  same 

size,  what  angle  is  formed  between  the  red  one  and  the 

green  one?  (b)  If  additional  air  is  added  to  the  blue  bal- 
loon so  that  it  gets  larger,  what  happens  to  the  angle  be- 

tween the  red  and  green  balloons?  (c)  What  aspect  of  the 

VSEPR  model  is  illustrated  by  part  (b)?  [Section  lO] 

9.3  An  AB=;  molecule  adopts  the  geometry  shown  below, 
(a)  What  is  the  name  of  this  geometry?  (b)  Do  you  think 
there  are  any  nonbonding  electron  pairs  on  atom  A? 
\\  hv  or  why  not?  (c)  Suppose  the  atoms  B  are  halogen 
atoms.  Can  vou  determine  uniquely  to  which  group  in 
the  periodic  table  atom  A  belongs?  [Section  9.2] 

9.4  The  molecule  shown  here  is  difluoromethane  (CH2F2), 
which  is  used  as  a  refrigerant  called  R-32.  (a)  Based  on 
the  structure,  how  many  electron  domains  surround  the 
C  atom  in  this  mole<  ule?  (b)  Would  the  molecule  have  a 

nonzero  dipole  moment?  (c)  If  the  molecule  is  polar,  in 

4 

9.5  The  plot  below  shows  the  potential  energy  of  two  CI 
atoms  as  a  function  of  the  distance  betw  een  them,  (a)  To 

what  does  an  energy  of  zero  correspond  in  this  diagram? 

(b)  According  to  the  valence-bond  model,  why  does  the 
energy  decrease  as  the  CI  atoms  move  from  a  large  sepa- 

ration to  a  smaller  one?  (c)  What  is  the  significance  of  the 
Cl-Cl  distance  at  the  minimum  point  in  the  plot? 

(d)  Why  does  the  energy  rise  at  Cl-Cl  distances  less  than 
that  at  the  minimum  point  in  the  plot?  [Section  9.4] 

0 

-I 

CI  —  CI  distance 

9.6  Shown  below  are  three  pairs  of  hybrid  orbitals,  with 

each  set  at  a  characteristic  angle.  For  each  pair,  deter- 
mine the  type  or  types  of  hybridization  that  could  lead 

to  hybrid  orbitals  at  the  specified  angle.  [Section  9.5] 



Exercises 

9.7  The  orbital  diagram  below  presents  the  final  step  in  the 
formation  of  hybrid  orbitals  by  a  silicon  atom,  (a)  Do 
you  think  one  or  more  electrons  have  been  promoted? 
Why  or  why  not?  (b)  What  type  of  hybrid  orbitals  are 
being  produced  in  this  hybridization?  [Section  9.5] 

3s 

3p 

9.8  Consider  the  hydrocarbon  drawn  below,  (a)  What  is  the 

hybridization  at  each  carbon  atom  in  the  molecule? 
(b)  I  low  many  <r  bonds  are  there  in  the  molecule?  (c)  I  low 

many  77  bonds?  [Section  c>.6| 

H    H    H  H 

H — C=C — C — C=C — C — H 

H  H 

9.9  For  each  of  the  following  contour  representations  of 
molecular  orbitals,  identify  (i)  the  atomic  orbitals  (s  or  />) 
used  to  construct  the  MO,  (ii)  the  type  of  MO  (<r  or  tt), 
and  (iii)  whether  the  MO  is  bonding  or  antibonding. 

[Sections  c». 7  and  9.8] 

(a) 

(c) 
9.10  The  diagram  below  shows  the  highest  occupied  MOs  ot 

a  neutral  molecule  CX,  where  element  \  is  in  the  same 

row  of  the  periodic  table  as  C.  (a)  Based  on  the  number 
of  electrons,  can  you  determine  the  identit)  of  V 

(b)  Would  the  molecule  be  diamagnetic  or  paramagnet- 
ic? (c)  Consider  the  n^,,  MOs  of  the  molecule.  Would 

you  expect  them  to  have  a  greater  atomic  orbital  contri- 
bution from  C,  have  a  greater  atomic  orbital  contribu- 

tion from  X,  or  he  an  equal  mixture  of  atomic  orbitals 
from  the  two  atoms?  [Section  9.8] 

EXERCISES 

Molecular  Shapes;  the  VSEPR  Model 

9.11  (a)  An  ABN  molecule  is  described  as  linear,  and  the 

A  —  B  bond  length  is  specified.  Does  this  information 
completely  describe  the  geometry  of  the  molecule? 
(b)  The  molecules  BF-,  and  SO-,  are  both  described  as 
trigonal  planar.  Does  this  information  completely  define 

the  bond  angles  of  these  molecules1 
9.12  (a)  Methane  (CH4)  and  the  perchlorate  ion  (CIO,  )  are 

both  described  as  tetrahedral.  What  does  this  indicate 

about  their  bond  angles?  (b)  The  NIT,  molecule  is  trigo- 
nal pyramidal.  How  many  parameters  need  to  be  speci- 

fied to  define  its  geometry  completely? 

9.13  (a)  What  is  meant  by  the  term  electron  domain?  (b)  Ex- 

plain in  what  way  electron  domains  behave  like  the  bal- 
loons in  Figure  9.5.  Why  do  they  do  so? 

9.14  (a)  How  does  one  determine  the  number  ot  electron  do- 
mains in  a  molecule  or  ion?  (b)  What  is  the  difference 

between  a  bonding  electron  domain  and  a  nonbonding  elec- 
tron domain? 

9.15  Describe  the  characteristic  electron-domain  geometry  of 
each  of  the  following  numbers  of  electron  domains 
about  a  central  atom:  (a)  3,  (b)  4,  (c)  5,  (d)  6. 

9.16  Indicate  the  number  of  electron  domains  about  a  central 

atom,  given  the  following  angles  between  them: 

(a)  120°,  (b)  180°,  (c)  109.5  ,  (d)  90 

9.17  What  is  the  difference  between  the  electron-domain 
geometry  and  the  molecular  geometry  of  a  molecule?  Use 
the  water  molecule  as  an  example  in  your  discussion. 

9.18  An  AB-i  molecule  is  described  as  having  a  trigonal- 
bipyramidal  electron-domain  geometry.  How  main 
nonbonding  domains  are  on  atom  A?  Explain. 

9.19  C.ive  the  electron-domain  and  molecular  geometries  ol  a 
molecule  that  has  the  following  electron  domains  on  its 
central  atom:  (a)  tour  bonding  domains  and  no  non- 
bonding  domains,  (b)  three  bonding  domains  and  two 
nonbonding  domains,  (c)  fiv  e  bonding  domains  and 
one  nonbonding  domain. 

9.20  What  are  the  electron-domain  and  molecular  geome- 
tries of  a  molecule  that  has  the  following  electron  do- 

mains on  its  central  atom?  (a)  Three  bonding  domains 

and  no  nonbonding  domains,  (b)  three  bonding  do- 
mains and  one  nonbonding  domain,  (c)  two  bonding 

domains  and  three  nonbonding  domains. 

9.21  Draw  the  Lewis  structure  for  each  of  the  following  mol- 
ecules or  ions,  and  predict  their  electron-domain  and 

molecular  geometries:  (a)  IT,,  (b)  C  1 1  ,  ,  (c)l!iT., 
(d)  CIO4  ,  (e)  XeF2,  (0  Br02 

9.22  Give  the  electron-domain  anil  molecular  geomel 

the  following  molecules  and  ions:  (a)  IK  N,  (b)  S' 
(c)  SF4,  (d)  PF6  ,(e)NU  ,cr,<f)N,  . 

9.23  The  figure  that  follows  shows  ball-and-; 
of  three  possible  shapes  of  an  Al    molei  1 

shape,  give  the  electron-domain  geon 
molecular  geometry  is  based,  (b)  I  1  how 

many  nonbonding  electron  don,  ■  on  atom 
A?  (c)  Which  of  the  following  eli  lead  to  an 
AF3  molecule  with  the  shape  in  (i  si,  Al,  P,  C  I? 
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(d)  Name  an  element  A  that  is  expected  to  lead  to  the  Af-'i 
structure  shown  in  (iii).  Explain  your  reasoning. 

9.26  Give  approximate  values  for  the  indicated  bond  angles 
in  the  following  molecules: 

(i) (ii) (ii.) 

9.24  The  figure  that  follows  contains  ball-and-stick  drawings 
of  three  possible  shapes  of  an  AF4  molecule,  (a)  For  each 

shape,  give  the  electron-domain  geometry  on  which  the 
molecular  geometry  is  based,  (b)  For  each  shape,  how 
many  nonbonding  electron  domains  are  there  on  atom 
A?  (c)  Which  ol  the  following  elements  will  lead  to  an 
AF4  molecule  with  the  shape  in  (iii):  Be,  C,  S,  Se,  Si,  Xe? 
(d)  Name  an  element  A  that  is  expected  to  lead  to  the 
AF4  structure  shown  in  (i). 

(1) (i.) (iii) 

9.25  Give  the  approximate  values  for  the  indicated  bond  an- 
gles in  the  follow  ing  molei  ules: 

(a)  h— O— Cl-rO: 

:o: 

(b)  H^C—  O— H 
1 1 

rr.\  ..  .. 
(a)  II— ()— N=Q 

(b) 

9.27 

9.28 

I  I  i — c— c=o 

II  II 

H  *, 

y\ 

(c)  11  —  N  —  O— H 

1  I  7 
1  r\ 

(d)  H  —  C  —  C=N: 
H 

The  three  species  NH2  ,  NH3,  and  NH4"  have 
H  —  N  —  H  bond  angles  of  105°,  107°,  and  109°,  respec- 

tively. Explain  this  variation  in  bond  angles. 

Predict  the  trend  in  the  F(axial)  —  A  —  F(equatorial) 
bond  angle  in  the  following  AF„  molecules:  PF=;,SF4, and  CIF3. 

9.29  (a)  Explain  why  BrF4  is  square  planar,  whereas  BF4  is 
tetrahedral.  (b)  In  which  of  these  molecules,  CF4  or  SF4, 

do  you  think  the  actual  bond  angle  is  closest  to  the  ideal 
angle  predicted  by  the  VSEPR  model?  Explain  briefly. 

9.30  (a)  Explain  why  the  following  ions  have  different  bond 
angles:  C102  and  N02  .  Predict  the  bond  angle  in  each 

case,  (b)  Given  that  the  spatial  requirement  of  a  non- 
bonding  pair  of  electrons  is  greater  than  that  of  a  bond- 

ing pair,  explain  why  the  XeF2  molecule  is  linear  and  not 
bent. 

(c)  H  —  C  =  C  —  H 

:0:  H 

VII  ..  i%8 (d)  H  —  C  —  O— C— H 7  H 

Polarity  of  Polyatomic  Molecules  ^4  (a)  what  conditions  must  be  met  if  a  molecule  with 
9.3 1  I  toes  S(  )2  have  a  dipole  moment?  If  so,  in  which  direc-  poiar  bonds  is  nonpolar?  (b)  What  geometries  will  give 

tion  does  the  net  dipole  point?  nonpolar  molecules  for  AB2,  AB3,  and  AB4  geometries? 
9.32  The  PI  I  1  molecule  is  polar.  How  does  this  offer  experi- 

mental  proof  that  the  molecule  cannot  be  planar?  9-35  Predict  whether  each  of  the  following  molecules  is  polar  or 
nonpolar:  (a)  CC14,  (b)  NH3,  (c)  SF4,  (d)  XeF4,  (e)  CH3Br, 

9.33  (a)  Consider  the  AF3  molecules  in  Exercise  9.23.  Which  (f)GaH3. 
of  these  will  have  .1  nonzero  dipole  moment?  Explain.  9.36  Predict  whether  each  of  the  following  molecules  is  polar 
(b)  Which  0  f  the  AF4  molecules  in  Exercise  9.24  will  or  nonpolar:  (a)  IF,  (b)  CS2,  (c)  S03,  (d)  PC13,  (e)  SFh, 
have  <)  zero  dipole  moment?  (0  II V 



xen.  lses 

9.37  Dichloroethylene  (CiHoCL)  has  three  forms  (isomers), 
each  of  which  is  a  different  substance.  A  pure  sample  of 
one  of  these  substances  is  found  experimentally  to  have 
a  dipole  moment  of  zero.  Can  we  determine  which  of 
the  three  substances  was  measured7 

1 1  CI 
\  / 
c=c 
/  \ 
H  CI 

1 1 1 1 1 1 

(  1 

\ / \ / 
c 

=c 

( 

=c 

/ \ / / \ (  1 CI CI 1 1 

9.38  Dichlorobenzene,  C^M^CN,  exists  in  three  form;- 
mers),  called  ortho,  meta,  and  para: 

Which  of  these  would  have  a  nonzero  dipole  moment? 

I  xplain 

Orbital  Overlap;  Hybrid  Orbitals 

9.39  (a)  What  is  meant  by  the  term  orbital  overlap?  (b)  What  is 

the  significance  of  overlapping  orbitals  in  valence-bond 
theory?  (c)  What  two  fundamental  concepts  are  incor- 

porated in  valence-bond  theory? 
9.40  Draw  sketches  illustrating  the  overlap  between  the  fol- 

lowing orbitals  on  two  atoms:  (a)  the  2s  orbital  on  each, 
(b)  the  2p:  orbital  on  each  (assume  that  the  atoms  are  on 

the  ~-axis),  (c)  the  2s  orbital  on  one  and  the  2/'  orbital  on 
the  other. 

9.41  Consider  the  bonding  in  an  MgH2  mole<  ule.  (a)  Draw  a 

Lewis  structure  for  the  molecule,  and  predict  its  molec- 
ular geometry,  (b)  Why  is  it  necessary  to  promote  an 

electron  before  forming  hybrid  orbitals  for  the  Mg 
atom?  (c)  What  hybridization  scheme  is  used  in  MgH2? 
(d)  Sketch  one  of  the  two-electron  bonds  between  an  Mg 
hybrid  orbital  and  an  11  Is  atomic  orbital. 

9.42  (a)  Draw  a  Lewis  structure  for  silane  (SiH4),  and  predict 
its  molecular  geometry,  (b)  Is  it  necessary  to  promote  an 
electron  before  forming  hybrid  orbitals  lor  the  Si  atom? 
(c)  What  type  of  hybridization  exists  in  SiH 4?  (d)  In  one 
diagram,  sketch  two  of  the  two-electron  bonds  formed 
between  a  hybrid  orbital  on  Si  and  an  H  Is  orbital.  How 
would  the  other  Si  —  H  bonds  be  oriented  relative  to 
your  sketch? 

9.43  Indicate  the  hybridization  and  bond  angles  associated 
with  each  of  the  following  electron-domain  geometries: 

(a)  linear,  (b)  tetrahedral,  (c)  trigonal  planar,  (d)  octahe- 
dral, (e)  trigonal  bipyramidal. 

9.44  What  is  the  designation  for  the  hybrid  orbitals  formed 

from  each  of  the  following  combinations  of  atomic  or- 
bitals: (a)  one  s  and  two  (b)  one  s,  three  />,  and  one  d, 

(c)  one  s,  three  p,  and  two  d?  What  characteristic  bond 
angles  are  associated  with  each? 

9.45  (a)  Starting  with  the  orbital  diagram  of  a  boron  atom, 
describe  the  steps  needed  to  construct  hybrid  orbitals 
appropriate  to  describe  the  bonding  in  BL; .  (b)  What 
is  the  name  given  to  the  hybrid  orbitals  constructed  in 

(a)?  (c)  On  one  origin,  sketch  the  large  lobes  of  the  hy- 
brid orbitals  constructed  in  part  (a),  (d)  Are  there  an) 

valence  atomic  orbitals  of  13  that  are  left  unhv- 
bridized?  If  so,  how  are  thev  oriented  relative  to  the 

hybrid  orbitals? 
9.46  (a)  Starting  with  the  orbital  diagram  of  a  sulfur  atom, 

describe  the  steps  needed  to  construct  hybrid  orbitals 
appropriate  to  describe  the  bonding  in  SF2.  (b)  What  is 

the  name  given  to  the  hybrid  orbitals  constructed  in  (a)7 
(c)  ( )n  one  origin,  sketch  the  large  lobes  of  the  hybrid  or- 

bitals constructed  in  part  (a),  (d)  Would  the  hybridiza- 
tion scheme  in  part  (a)  be  appropriate  for  SF4?  Explain. 

9.47  Indicate  the  hybridization  ot  the  central  atom  in 
(a)  BCI3,  (b)  AICI4  ,  (c)  CS2,  (d)  KrF2,  (e)  PFA 

9.48  What  set  of  hybrid  orbitals  is  used  by  the  central  atom  in 
(a)  SiCI4,  (b)  I ICN,  (c)  SO  w  (d)  ICI2  ,  (e)  BrF4  ? 

Multiple  Bonds 

9.49  (a)  Sketch  a  a  bond  that  is  constructed  from  /'  orbitals. 
(b)  Sketch  a  tt  bond  that  is  constructed  from  />  orbitals. 
(c)  Which  is  generally  the  stronger,  a  a  bond  or  a  tt 
bond?  Explain. 

9.50  (a)  If  the  valence  atomic  orbitals  of  an  atom  are  sp  hy- 
bridized, how  many  unhybridized  /'  orbitals  remain  in 

the  valence  shell?  I  low  many  tt  bonds  can  the  atom 

form?  (b)  How  many  <r  and  tt  bonds  are  generally  part 
of  a  triple  bond?  (c)  How  do  multiple  bonds  introduce 
rigidity  into  molecules? 

9.51  (a)  Draw  Lewis  structures  for  methane  (CH4)  and 
formaldehyde  (H2CO).  (b)  What  is  the  hybridization  at 
the  carbon  atom  in  CH4  and  H2CO?  (c)  The  carbon  atom 

in  CH4  cannot  participate  in  multiple  bonding,  whereas 
that  in  H2CO  can.  Explain  this  observation  by  using  the 
hybridization  at  the  carbon  atom. 

9.52  The  nitrogen  atoms  in  N2  participate  in  multiple  bond 
ing,  whereas  those  in  hydrazine,  N2H|,  do  not   I  lo\ 

can  you  explain  this  observation  in  light  « > t 
bridization  at  the  nitrogen  atoms  in  the  1 

9.53  Propylene,  CjHh,  is  a  gas  that  is  used  to  I 
portant  polymer  called  polypropylene 
ture  is 

II    II  II 

H— C=C— ( 

I  ! 
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(a)  What  is  the  total  number  of  valence  electrons  in  the 

propylene  molecule?  (b)  How  many  valence  electrons 
are  used  to  make  a  bonds  in  the  molecule?  (c)  How 
many  valence  electrons  are  used  to  make  tt  bonds  in  the 
molecule?  (d)  How  many  valence  electrons  remain  in 

nonbonding  pairs  in  the  molecule?  (e)  What  is  the  hy- 
bridization at  each  carbon  atom  in  the  molecule? 

9.54  Ethyl  acetate,  C4HsO:,  is  a  fragrant  substance  used  both 
as  a  solvent  and  as  an  aroma  enhancer.  Its  Lewis  struc- 

ture is 

H  :0:        H  H 

H— C— C— O— C— C—  H 

H  H  H 

(a)  What  is  the  hybridization  at  each  of  the  carbon  atoms  of 

the  molecule?  (b)  What  is  the  total  number  of  valence  elec- 
trons in  ethyl  acetate?  (c)  How  many  of  the  valence 

electrons  are  used  to  make  <r  bonds  in  the  molecule? 
(d)  How  many  valence  electrons  are  used  to  make  n 

bonds?  (e)  How  many  valence  electrons  remain  in  non- 
bonding  pairs  in  the  molecule? 

9.55  Consider  the  Lewis  structure  for  glycine,  the  simplest 
amino  acid: 

H  :0: 
..      I      II  .. 

H  — N— C— C— O— H 

H  H 

(a)  What  are  the  approximate  bond  angles  about  eat  h  of 
the  two  carbon  atoms,  and  what  are  the  hybridizations 

of  the  orbitals  on  each  of  them?  (b)  What  are  the  hy- 
bridizations of  the  orbitals  on  the  two  oxygens  and  the 

nitrogen  atom,  and  what  are  the  approximate  bond  an- 
gles at  the  nitrogen?  (c)  What  is  the  total  number  of  <r 

bonds  in  the  entire  molecule,  and  what  is  the  total  num- 
ber of  -  bonds? 

9.56  The  compound  with  the  following  Lewis  structure  is 
acetylsalicviic  acid,  better  known  as  aspirin: 

I  I 
I 

C> 

c 
: 
I  i 

:0: 

,C — O — H 

o— c- 

I 

-c- 

-I I 

:0:  H 

(a)  What  are  the  approximate  values  of  the  bond  angles 
labeled  1,  2,  and  3?  (b)  What  hybrid  orbitals  are  used 
about  the  central  atom  of  each  of  these  angles?  (c)  How 
many  <r  bonds  are  in  the  molecule? 

9.57  (a)  What  is  the  difference  between  a  localized  tt  bond  and 

a  delocalized  one?  (b)  How  can  you  determine  whether  a 
molecule  or  ion  will  exhibit  delocalized  tt  bonding?  (c)  Is 
the  tt  bond  in  NOt  localized  or  delocalized? 

9.58  (a)  Write  a  single  Lewis  structure  for  S03,  and  determine 
the  hybridization  at  the  S  atom,  (b)  Are  there  other  equiv- 

alent Lewis  structures  for  the  molecule?  (c)  Would  you  ex- 
pect SO3  to  exhibit  delocalized  tt  bonding?  Explain. 

Molecular  Orbitals 

9.59  (a)  What  are  the  similarities  and  differences  between 
atomic  orbitals  and  molecular  orbitals?  (b)  Why  is  the 

bonding  molecular  orbital  of  H2  at  lower  energy  than 

the  electron  in  a  hydrogen  atom?  (c)  How  many  elec- 
trons can  be  placed  into  each  MO  of  a  molecule? 

9.60  (a)  Why  is  the  antibonding  molecular  orbital  of  H2  at 
higher  energy  than  the  electron  in  a  hydrogen  atom? 
(b)  Does  the  Pauli  exclusion  principle  (Section  6.7) 
apply  to  MOs?  Explain,  (c)  If  two  />  orbitals  of  one  atom 
combine  with  two  p  orbitals  of  another  atom,  how  many 
MOs  result?  Explain. 

9.61  Consider  the  H2j  ion.  (a)  Sketch  the  molecular  orbitals  of 
the  ion,  and  draw  its  energy-level  diagram,  (b)  How  many 
elections  are  there  in  the  H2*  ion?  (c)  Write  the  electron 
configuration  of  the  ion  in  terms  of  its  MOs.  (d)  What  is  the 

bond  order  in  H2  '  ?  (e)  Suppose  that  the  ion  is  excited  by 
light  so  that  an  electron  moves  from  a  lower-energy  to  a 
higher-energy  MO.  Would  you  expect  the  excited-state 

'  I  - '  ion  to  be  stable  or  to  fall  apart?  Explain. 
9.62  (a;  ketch  the  molecular  orbitals  of  the  Hi  ion,  and 

draw  ts  energy-level  diagram,  (b)  Write  the  electron 
configui  lion  of  the  ion  in  terms  of  its  MOs.  (c)  Calcu- 

late the  bt     I  order  in  Hi  .  (d)  Suppose  that  the  ion  is 

excited  by  light,  so  that  an  electron  moves  from  a  lower- 
energy  to  a  higher-energy  molecular  orbital.  Would  you 
expect  the  excited-state  Hi    ion  to  be  stable?  Explain. 

9.63  (a)  Sketch  the  a  and  a*  molecular  orbitals  that  can  result 
from  the  combination  of  two  2p.  atomic  orbitals. 
(b)  Sketch  the  tt  and  tt*  MOs  that  result  horn  the  combi- 

nation of  two  2px  atomic  orbitals.  (c)  Place  the  MOs  from 
parts  (a)  and  (b)  in  order  of  increasing  energy,  assuming 
no  mixing  of  2s  and  2p  orbitals. 

9.64  (a)  What  is  the  probability  of  finding  an  electron  on  the 
internuclear  axis  if  the  electron  occupies  a  tt  molecular 
orbital?  (b)  For  a  homonuclear  diatomic  molecule,  what 

similarities  and  differences  are  there  between  the  tt2p 
MO  made  from  the  2px  atomic  orbitals  and  the  tt2i,  MO 
made  from  the  2py  atomic  orbitals?  (c)  Why  are  the  Tr2p 
MOs  lower  in  energy  than  the  tt2p  MOs? 

9.65  (a)  What  are  the  relationships  among  bond  order,  bond 
length,  and  bond  energy?  (b)  According  to  molecular 

orbital  theory,  would  either  Be2  or  Be2+  be  expected  to 
exist?  Explain. 

9.66  Explain  the  following:  (a)  The  peroxide  ion,  02~~ ,  has  a 
longer  bond  than  the  superoxide  ion,  02  •  (b)  The  mag- 

netic properties  of  Bt  are  consistent  with  the  tt2v  MOs 
being  lower  in  energy  than  the  a2f,  MO. 



Exercises 

9.67  (a)  Wh.it  is  meant  bv  the  term  diamagnetism?  (b)  I  low 
does  a  diamagnetic  substance  respond  to  a  magnetic 
field?  (c)  Which  of  the  following  ions  would  you  expect 

to  be  diamagnetic:  N22  ,0:"  ,  Be22  ,  C2  1 
9.68  (a)  What  is  meant  by  the  term  paramagnetism?  (b)  I  low 

can  one  determine  experimentally  whether  a  substance 
is  paramagnetic?  (c)  Which  ol  the  following  ions  would 

you  expect  to  be  paramagnetic:  ( )_>  ,  \V  ,  Fi2 '  *02  • 
If  the  ion  is  paramagnetic,  how  many  unpaired  elec  trons 
does  it  possess? 

9.69  Using  Figures  V. 37  and  9.45  as  guides,  gi\e  the  molecu- 
lar orbital  electron  configuration  tor  (a)  I52  ,  (b)  I  i2  , 

(c)  N2  ' ,  (d)  Ne2  .  In  each  case  indie  ate  whether  the  ad- 
dition of  an  electron  to  the  ion  would  increase  or  de- 
crease the  bond  order  of  the  spe(  ies. 

9.70  If  we  assume  that  the  energy-level  diagrams  for 
homonuclear  diatomic  molecules  show  n  in  I  igure  l'.42 
can  be  applied  to  heteronuc  lear  diatomic  molei  ules  and 
ions,  predict  the  bond  orde  r  and  magnetic  behavior  ol 
(a)  CO  ,  (b)  NO  ,  (c)OF  ,  (d)  Nel 

9.71  Determine  the  electron  configurations  for  CN  ,  CN,  and 
CN  .  Calculate  the  bond  order  lor  each,  and  indicate 
which  ones  are  paramagnetic. 

9.72  (a)  The  nitric  oxide  molecule,  \C ),  readily  loses  one  ele< 
tron  to  form  the  NO  ion.  Whv  is  this  consistent  with 
the  electronic  structure  of  NO?  (b)  Predict  the  order  ol 

the  N  — O  bond  strengths  in  NO,  NO  ,  and  NO  ,  and 
describe  the  magnetic  properties  ot  each,  (c)  With  what 
neutral  homonuclear  diatomic  molecules  are  the  NO 

and  NO   ions  isoelectronic  (same  number  of  electrons)1 

[9.73|  Consider  the  molecular  orbitals  ol  the  P2  molecule.  ( 
sume  that  the  MOs  ot  diatomics  from  the  third  row  i 

the  periodic  table  are  analogous  to  those  from  the  sec 

ond  row.)  (a)  Which  valence  atomic  orbitals  of  I'  are 
used  to  construct  the  MOs  of  P2?  (b)  The  figure  below 
shows  a  sketch  ot  one  ot  the  MOs  tor  IN  What  is  the 

label  tor  this  MO?  (c)  For  the  P2  molecule,  how  main 
electrons  occupy  the  MO  in  the  figure?  (d)  Is  \\  expected 

to  be  diamagnetic  or  paramagnetic1  I ixplain. 

[  9.74 1  The  iodine  bromide  molecule,  I  Br,  is  an  interhahgen  loiii 
pound.  .Assume  that  the  molecular  orbitals  of  IBr  are 
analogous  to  the  homonuclear  diatomic  molecule  F2. 
(a)  Which  valence  atomic  orbitals  ol  I  and  of  Br  are  used 
to  construct  the  MOs  of  IBr?  (b)  What  is  the  bond  order 

of  the  IBr  molecule1  (c)  One  ot  the  valence  MOs  ol  IBr  is 
sketched  below.  Why  are  the  atomic  orbital  contribu- 

tions to  this  MO  different  in  size?  (d)  W  hat  is  the  label 
tor  the  MO?  (e)  For  the  IBr  molecule,  how  mam  elec- 

trons occupy  the  MO1 

Additional  Exercises 

9.75  (a)  What  is  the  physical  basis  tor  the  VSEPR  model1 
(b)  When  applying  the  VSEPR  model,  we  count  a  dou- 

ble or  triple  bond  as  a  single  electron  domain.  Why  is 
this  justified? 

9.76  The  molecules  SiF^SF;,  and  \eF4  all  have  molecular 

formulas  of  the  type  AF4,  but  the  molecules  have  differ- 
ent molecular  geometries.  Predict  the  shape  ol  each  mol- 

ecule, and  explain  why  the  shapes  differ. 
I9.77|  The  vertices  of  a  tetrahedron  correspond  to  lour  alter- 

nating corners  of  a  cube.  By  using  analytical  geometry, 
demonstrate  that  the  angle  made  by  connecting  two  of 
the  vertices  to  a  point  at  the  center  of  the  cube  is  109.5  , 
the  characteristic  angle  for  tetrahedral  molecules. 

9.78  Consider  the  molecule  PF4CI.  (a)  Draw  a  l  ewis  struc- 
ture for  the  molecule,  and  predict  its  electron-domain 

geometry,  (b)  Which  would  you  expect  to  produce  a 

larger  electron  domain,  a  P —  F  bond  or  a  P  —  CI  bond? 
Explain,  (c)  Predict  the  molecular  geometry  of  PF4CI. 
How  did  your  answer  for  part  (b)  influence  your  answer 
here  in  part  (c)?  (d)  Would  you  expect  the  molecule  to 
distort  from  its  ideal  electron  domain  geometry?  It  so, 
how  would  it  distort? 

9.79  From  their  Lewis  structures,  determine  the  number  ot  <r 
and  77  bonds  in  each  of  the  following  molecules  or  ions: 

(a)C(T:  (b)  thiocyanate  ion,  NCS  ;  (c)  formaldehyde, 
H2CO;  (d)  formic  acid,  I IC  0((  >l  I),  which  has  one  I  I  and 
two  ( )  atoms  attac  lied  to  C. 

9.80  The  lactic  acid  molecule,  CH^CH(OH)CO(OH),  gives 

sour  milk  its  unpleasant,  sour  taste,  (a)  I  )raw  the  I  ewis 
structure  for  the  molecule,  assuming  th.it  carbon  always 
forms  tour  bonds  in  its  stable  compounds,  (b)  I  low 
many  tt  and  how  many  it  bonds  are  in  the  molecule1 
(c)  Which  CO  bond  is  shortest  in  the  molec  ule?  (d)  Whal 

is  the  hybridization  of  atomic  orbitals  around  e.u  h  c  ar- 
bon  atom  associated  with  that  short  bond7  (e)  What  are 
the  approximate  bond  angles  around  e.u  h  1  arbon  atom 

in  the  molec  ule1 
9.81  The  PF3  molecule  has  a  dipole  moment  ot  1.03  D.  I 

BF3  has  a  dipole  moment  of  zero.  I  low  can  you  explaii 

the  difference1 9.82  There  are  two  compounds  ol  the  formula  Pl( 
Nil, 

CI— Pt— CI 

NH-i 

C 

CI— Pt— Nl  I 

The  compound  on  the  right,  cisplal  in  cancer 

therapy.  Both  compounds  have  .1  si  >r  geome- 
try. Which  compound  has  a  nonze  loment? 
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19.83]  The  O— H  bond  lengths  in  the  water  molecule  (H20) 
are  0.96  A,  and  the  H  — O— H  angle  is  104.5".  The  di- 
pole  moment  of  the  water  molecule  is  1 .85  D.  (a)  In  what 

directions  do  the  bond  dipoles  of  the  O — H  bonds 
point?  In  what  direction  does  the  dipole  moment  vector 
of  the  water  molecule  point?  (b)  Calculate  the  magni- 

tude of  the  bond  dipole  of  the  O  —  H  bonds.  (Note:  You 
will  need  to  use  vector  addition  to  do  this.)  (c)  Compare 
your  answer  from  part  (b)  to  the  dipole  moments  of  the 
hydrogen  halides  (Table  8.3).  Is  your  answ  er  in  accord 

with  the  relative  electronegativity  of  oxygen1 
[9.84]  The  reaction  of  three  molecules  of  fluorine  gas  with  an 

Xe  atom  produces  the  substance  xenon  hexafluoride, XeF6: 

Xe(g)  +  3  F2(g) 
XeF6(s) 

(a)  Draw  a  Lewis  structure  for  XeFh.  (b)  If  you  try  to  use 
the  VSEPR  model  to  predict  the  molecular  geometry  of 
XeFh,  you  run  into  a  problem.  What  is  it?  (c)  What  could 
you  do  to  resolve  the  difficulty  in  part  (b)?  (d)  Suggest  a 
hybridization  scheme  for  the  Xe  atom  in  XeFh.  (e)  The 

molecule  IF;  has  a  pentagonal-bipyramidal  structure 
(five  equatorial  fluorine  atoms  at  the  vertices  of  a  regu- 

lar pentagon  and  two  axial  fluorine  atoms).  Based  on 
the  structure  of  IF;,  suggest  a  structure  for  XeFh. 

[9.85]  The  Lewis  structure  for  allene  is 

\ 
c=c=c 

1 1 

1 1 1 1 

[9.86] 

Make  a  sketch  of  the  structure  of  this  molecule  that  is 

analogous  to  Figure  9.27.  In  addition,  answer  the  fol- 
lowing three  questions:  (a)  Is  the  molecule  planar? 

(b)  Does  it  have  a  nonzero  dipole  moment?  (c)  Would 
the  bonding  in  allene  be  described  as  delocalized? 

Explain. 
The  azide  ion,  NC,  is  linear  with  two  N  —  N  bonds  of 
equal  length,  1.16  A.  (a)  Draw  a  Lewis  structure  for  the 
a/ide  ion.  (b)  With  reference  to  Table  8.5,  is  the  observed 

N  —  N  bond  length  consistent  with  your  Lewis  struc- 
ture? (c)  What  hybridization  scheme  would  you  expect 

at  each  of  the  nitrogen  atoms  in  NC?  (d)  Show  which 
hybridized  and  unhvbridized  orbitals  are  involved  in 

the  formation  of  <r  and  tt  bonds  in  NC  •  (e)  It  is  often  ob- 
served that  (T  bonds  that  involve  an  sp  hybrid  orbital  are 

shorter  than  those  that  involve  only  sp  or  sp  hybrid  or- 
bitals. Can  you  propose  a  reason  for  this?  Is  this  obser- 
vation applicable  to  the  observed  bond  lengths  in  NC? 

In  ozone,  O^,  the  two  oxygen  atoms  on  the  ends  of  the 
molecule  are  equivalent  to  one  another,  (a)  What  is  the 
best  (  hoice  of  hybridization  scheme  for  the  atoms  of 
ozone?  (b)  For  one  ot  the  resonance  forms  of  ozone, 
which  of  the  orbitals  are  used  to  make  bonds  and  which 

are   used   to   hold   nonbonding  pairs  of  electrons? 
(c)  Which  of  the  orbitals  can  be  used  to  delocalize  the  tt 

electn  ns?  (d)  How  many  electrons  are  delocalized  in 
the  tt  sy  tern  of  ozone? 

9.88  Butadiene, '  ll  I,,,  is  a  planar  molecule  that  has  the  fol- 
lowing carb(  n  carbon  bond  lengths: 

|9.87| 

FLO 
1.34  A 

(  II 

1 .48  A 

-CH  = 

1.34  A 

=CFC 

(a)  Predict  the  bond  angles  around  each  of  the  carbon 
atoms,  and  sketch  the  molecule,  (b)  Compare  the  bond 
lengths  to  the  average  bond  lengths  listed  in  Table  8.5. 

Can  you  explain  any  differences? 

[9.89|  The  sketches  below  show  the  atomic  orbitai  wave  func- 
tions (with  phases)  used  to  construct  some  of  the  MOs 

of  a  homonuclear  diatomic  molecule.  For  each  sketch, 
determine  the  MO  that  will  result  from  mixing  the 
atomic  orbital  wave  functions  as  drawn.  Use  the  same 

labels  for  the  MOs  as  in  Figure  9.42. 

(a) 
(b) 

(c) 

[9.90]  The  cyclopentadienide  ion  has  the  formula  C?HC  ■  The  ion 
consists  of  a  regular  pentagon  of  C  atoms,  each  bonded 
to  two  C  neighbors,  with  a  hydrogen  atom  bonded  to 
each  C  atom.  All  the  atoms  lie  in  the  same  plane, 
(a)  Draw  a  Lewis  structure  for  the  ion.  According  to 

your  structure,  do  all  five  C  atoms  have  the  same  hy- 
bridization? Explain,  (b)  Chemists  generally  view  this 

ion  as  having  sp  hybridization  at  each  C  atom.  Is  that 
view  consistent  with  your  answer  to  part  (a)?  (c)  Your 
Lewis  structure  should  show  one  nonbonding  pair  of 
electrons.  Under  the  assumption  of  part  (b),  in  what 
type  of  orbital  must  this  nonbonding  pair  reside? 
(d)  Are  there  resonance  structures  equivalent  to  the 
Lewis  structure  you  drew  in  part  (a)?  If  so,  how  many? 

(e)  The  ion  is  often  drawn  as  a  pentagon  enclosing  a  cir- 
cle. Is  this  representation  consistent  with  your  answer  to 

part  (d)?  Explain,  (f)  Both  benzene  and  the  cyclopenta- 
dienide ion  are  often  described  as  systems  containing 

six  tt  electrons.  What  do  you  think  is  meant  by  this 

description? 
9.91 

9.92 

Write  the  electron  configuration  for  the  first  excited  state 

for  Nt  (that  is,  the  state  with  the  highest-energy  electron 
moved  to  the  next  available  energy  level).  What  differ- 

ences do  you  expect  in  the  properties  of  N2  in  its  ground 
state  and  its  first  excited  state? 

Figure  9.46  shows  how  the  magnetic  properties  of  a 
compound  can  be  measured  experimentally.  When  such 
measurements  are  made,  the  sample  is  generally  cov- 

ered by  an  atmosphere  of  pure  nitrogen  gas  rather  than 
air.  Why  do  you  suppose  this  is  done? 



I  xercises 

[ 9.93 1  Azo  dyes  are  organic  dyes  thot  are  used  for  many  appli- 
cations, such  as  the  coloring  oi  fabrics.  Many  azo  dyes 

arc  derivatives  oi  the  organic  substance  azobenzene, 
Ci2H|(1N2.  A  closely  related  substance  is  hydrazobenzene , 
Q2H12N:?.  ̂ he  Lewis  structures  of  these  two  sub- 

stances are 

II  II 

1  lydrazobenzene 

(Recall  the  shorthand  notation  used  for  organic  mole- 
cules.) (a)  What  i s  the  hybridization  at  the  \  atom  in 

each  of  the  substances?  (b)  How  mam  unhybridized 
atomic  orbitals  are  there  on  the  N  and  the  C  atoms  in 

each  of  the  substances1  (c)  Predict  theN  — N-  C  angles 
in  each  of  the  substances,  (d)  Azobenzene  is  said  to  have 

greater  derealization  of  its  -  electrons  than  hydra- 
zobenzene. Discuss  this  statement  in  light  ol  your  an- 

swers to  (a)  and  (b).  (e)  All  the  atoms  of  azobenzene  lie 

in  one  plane,  whereas  those  ot  hydrazobenzene  do 
Is  this  observation  consistent  with  the  statement  in  p 

(d)?  (f)  Azobenzene  is  an  intense  red-orange  coin 
whereas  hydrazobenzene  is  nearly  colorless.  Discuss 

this  observation  with  reference  to  the  "Chemistry  at 
Work"  box  on  organic  dyes. 

9.94  (a)  Using  only  the  valence  atomic  orbitals  ot  a  In  drogen 
atom  and  a  fluorine  atom,  how  main  MOs  would  you 
expect  for  the  lib  molecule?  (b)  How  mam  ot  the  MOs 

from  part  (a)  would  be  occupied  bv  electrons1  (c)  Do 
vou  think  the  MO  diagram  shown  in  Figure  T48  could 

be  used  to  describe  the  MOs  of  the  I  IF  molecule1  Wh\ 
or  why  not? 

|9.9S|  Carbon  monoxide,  CO,  is  isoelcctronic  to  Nt.  (a)  Draw  a 
Lewis  structure  for  CO  that  satisfies  the  octet  rule 
(b)  Assume  that  the  diagram  in  Figure  9.48  can  be  used 
to  describe  the  MOs  of  CO.  What  is  the  predicted  bond 
order  for  CO1  Is  this  answer  in  accord  with  the  I  ewis 
structure  you  drew  in  part  (a)?  (c)  Experimentally,  it  is 
found  that  the  highest-energy  electrons  in  C  O  reside  in  a 
<r-typc  MO.  Is  that  observation  consistent  with  Figure 
4.48?  If  not,  what  modification  needs  to  be  made  to  the 

diagram?  How  does  this  modification  relate  to  Figure 

M.447  (d)  Would  you  expect  the  -:,  MOs  of  CO  to  have 
equal  atomic  orbital  contributions  from  the  C  and  O 
atoms1  It  not,  which  atom  would  have  the  greater 
contribution? 

Integrative  Exercises 

9.96  A  compound  composed  of  2.1%  1 1,  2C).8"„  N,  and  68.1% 
O  has  a   molar   mass  of  approximately   50  g  mol. 
(a)  What  is  the  molecular  formula  ol  the  compound? 
(b)  What  is  its  Lewis  structure  if  II  is  bonded  to  O? 

(c)  What  is  the  geometry  of  the  molecule?  (d)  What  is 
the  hybridi/ation  of  the  orbitals  around  the  \  atom1 
(e)  How  many  a  and  how  many  n  bonds  are  there  in  the 
molecule? 

9.97  Sulfur  tetrafluoride  (SF4)  reacts  slowly  w  ith  02  t()  form 
sulfur  tetrafluoride  monoxide  (OSF4)  according  to  the 
following  unbalanced  reaction: 

SF4(e)  +  02(g) 
OSF4(e) 

The  O  atom  and  the  tour  I  atoms  in  OSF4  an'  bonded  to 
a  centra]  S  atom,  (a)  Balance  the  equation,  (b)  Write  a 
Lewis  structure  of  OSF4  in  which  the  formal  charges  of 
all  atoms  are  zero,  (c)  Use  average  bond  enthalpies 
(Table  8.4)  to  estimate  the  enthalpy  of  the  reaction.  Is  it 
endothermic  or  exothermic?  (d)  Determine  the  electron- 

domain  geometry  of  OSF4,  and  write  two  possible  mol- 
ecular geometries  for  the  molecule  based  on  this 

electron-domain  geometry,  (e)  Which  ot  the  molecular 
geometries  in  part  (d)  is  more  likely  to  be  observed  for 
the  molecule?  Explain. 

[9.981  The  phosphorus  trihalides  (PX3)  show  the  following 
variation  in  the  bond  angle  X  — P—  X:  PF3<  96.3  ;  PC13, 
100.3°;  PBr,,  101.0  ;  PI  j,  102  .  The  trend  is  generally  at- 

tributed to  the  change  in  the  electronegativity  of  the 
halogen,  (a)  Assuming  that  all  electron  domains  exhibit 

the  same  repulsion,  what  value  of  the  X  —  P  —  X  angle  is 
predicted  by  the  VSEPR  model7  (b)  What  is  the  general 

trend  in  the  X  —  P  —  X  angle  as  the  electronegativity  in- 
creases? (c)  Using  the  VSEPR  model,  explain  the  ob- 

served trend  in  X  —  P  —  X  angle  as  the  electronegativity 
of  X  changes,  (d)  Based  on  your  answ  er  to  part  (c),  pre- 

dict the  structure  of  PBrCI4. 

1 9.99 1  The  molecule  2-butene,  C4I  ls,  can  undergo  a  geometric 
change  called  cis-trans  isomcrization: 

1 1 ,(  C  I  I \  / 
C=C /  \ 
H  II 
c/s-2-butene 

M.c 

C=C 

1 1 

II  C  I  I 

/nn/s-2-butene 

As  discussed  in  the  "C  hemistry  and  I  ife"  box  on  the 
chemistry  of  vision,  such  transformations  can  be  in- 

duced  by   light  and  are  the  key   to  human  vision, 
(a)  What  is  the  hybridization  at  the  two  central  carbon 
atoms  ot  2-butene?  (b)  I  he  isomerization  o(  1  urs  b\  rota- 

tion about  the  central  C  —  C  bond.  With  reference  t" 

Figure  9. 32,  explain  wh\  the  -  bond  between  the  two 
central  carbon  atoms  is  destroyed  halfway  through  tin 
rotation  from  cis-  to  fra/7S-2-butene.  (c)  Based  1  m  avi 
bond  enthalpies  (Table  8.4),  how  much  energ\  pe 
cule  must  be  supplied  to  break  the  C 
(d)  What  is  the  longest  wavelength  ol  lig 
vide  photons  ot  sufficient  energy  to  I 
bond  and  cause  the  isomeri/ation  '  (e) 
in  your  answer  to  part  (d)  111  the  \  1  il 
electromagnetic  spectrum?  Commcn 
ot  this  result  tor  human  vision. 

9.100  (a)  Compare  the  bond  enthalpu  1  "I  the  car- 
bon-carbon single,  double,  and  ti  s  to  deduce 



396       Chapter  9 Molecular  Geometry  and  Bonding  Theories 

an  average  ;r-bond  contribution  to  the  enthalpy.  What 
fraction  of  a  single  bond  does  this  quantity  represent? 

(b)  Make  a  similar  comparison  of  nitrogen-nitrogen 
bonds.  What  do  vou  observe?  (c)  Write  Lewis  structures 

of  N2H4,  N2H2,  and  Ni,  and  determine  the  hybridiza- 
tion around  nitrogen  in  each  case,  (d)  Propose  a  reason 

for  the  large  difference  in  your  observations  of  parts  (a) 
and  (b). 

9.101  Use  average  bond  enthalpies  (Table  8.4)  to  estimate  A// 
for  the  atomization  of  benzene,  ChHh: 

C6H6(g)   *  6C(g)  +  6H(g) 

Compare  the  value  to  that  obtained  by  using  A// .  data 

given  in  Appendix  C  and  Hess's  law.  To  what  do  you  at- 
tribute the  large  discrepancy  in  the  two  values? 

|9.102|  lor  both  atoms  and  molecules,  ionization  energies 
(Section  7.4)  are  related  to  the  energies  of  orbitals:  The 
lower  the  energy  of  the  orbital,  the  greater  the  ionization 
energy.  The  first  ionization  energy  of  a  molecule  is 
therefore  a  measure  of  the  energy  of  the  highest  occu- 

pied molecular  orbital  (HOMO;  see  "Chemistn  at 
Work"  box  on  organic  dyes).  The  first  ionization  ener- 

gies of  several  diatomic  molecules  are  given  in  electron- 
volts  in  the  following  table: 

Molecule 

h  (eV) 

H2 

15.4 

N2 

15.6 

02 

12.1 

F2 

15.7 

(a)  Convert  these  ionization  energies  to  kj/mol.  (b)  On 
the  same  piece  of  graph  paper,  plot  /)  for  the  H,  N,  O, 
and  F  atoms  (Figure  7. 1 1 )  and  /|  for  the  molecules  listed, 
(c)  Do  the  ionization  energies  of  the  molecules  follow 
the  same  periodic  trends  as  the  ionization  energies  of 

the  atoms?  (d)  Use  molecular  orbital  energy-level  dia- 
grams to  explain  the  trends  in  the  ionization  energies  of 

the  molecules. 

[9.1031  Many  compounds  of  the  transition-metal  elements  con- 
tain direct  bonds  between  metal  atoms.  We  will  assume 

that  the  ;-axis  is  defined  as  the  metal-metal  bond  axis, 
(a)  Which  of  the  3d  orbitals  (Figure  6.23)  can  be  used  to 
make  a  <r  bond  between  metal  atoms?  (b)  Sketch  the  cr3^ 
bonding  and  irw  antibonding  MOs.  (c)  With  reference  to 

the  "Closer  Look"  box  on  the  phases  of  orbitals,  explain 
why  a  node  is  generated  in  the  cr^  MO.  (d)  Sketch  the 
energy-level  diagram  for  the  Sc2  molecule,  assuming 
that  only  the  3d  orbital  from  part  (a)  is  important, 
(e)  What  is  the  bond  order  in  Sc2? 

[9.104]  The  organic  molecules  show  n  below  are  derivatives  of 
benzene  in  which  additional  six-membered  rings  are 

"fused"  at  the  edges  of  the  hexagons.  The  compounds 
are  shown  in  the  usual  abbreviated  method  for  organic 
molecules,  (a)  Determine  the  empirical  formula  of  ben- 

zene and  of  these  three  compounds,  (b)  Suppose  vou 
are  given  a  sample  of  one  of  the  compounds.  Could 
combustion  analysis  be  used  to  determine  unambigu- 

ously which  of  the  compounds  it  is?  (c)  .Naphthalene, 
which  is  the  active  ingredient  in  mothballs,  is  a  white 
solid.  Write  a  balanced  equation  for  the  combustion  of 
naphthalene  to  C02(g)  and  H20(x).  (d)  Using  the  Lewis 
structure  below  for  naphthalene  and  the  average  bond 
enthalpies  in  Table  S.4,  estimate  the  heat  of  combustion 
of  naphthalene,  in  k|  mol.  (e)  Would  you  expect  naph- 

thalene, anthracene,  and  tetracene  to  have  multiple  res- 
onance structures?  If  so,  draw  the  additional  resonance 

structures  for  naphthalene,  (f)  Benzene,  naphthalene, 
and  anthracene  are  colorless.  Tetracene  is  orange.  With 

reference  to  the  "Chemistry  at  Work"  box  on  organic 
dyes,  how  can  this  observation  be  explained? 

Naphthalene  Anthracene 

I  etrai  ene 

[9.105]  As  noted  in  Section  7.8,  the  chemistry  of  astatine  (At)  is 

far  less  developed  than  that  of  the  other  halogen  ele- 
ments, (a)  In  the  periodic  table  the  atomic  weight  of  At 

is  written  as  (210).  Why  are  the  parentheses  used?  How 

is  this  nomenclature  related  to  the  difficult}'  of  studying 
astatine?  (b)  Write  the  complete  electron  configuration 
for  a  neutral  At  atom,  (c)  Although  At2  is  not  known, 
the  interhalogen  compound  Atl  has  been  characterized. 
Would  this  compound  be  expected  to  have  a  covalent, 
polar  covalent,  or  ionic  bond?  Explain,  (d)  The  reaction 
of  Atl  with  I  forms  the  Atl2  ion.  Use  the  VSEPR 
method  to  predict  the  geometry  of  this  ion.  (e)  Suppose 
we  construct  the  molecular  orbitals  of  the  unknown  At2 

molecule.  What  bond  order  is  predicted  for  the  mole- 
cule? What  type  of  MO  is  the  highest-occupied  MO  of 

the  molecule? 

e  M  E  D  I A  EXERCISES 

these  exercises  m.ikr  use  of  thi'  interactiv  e  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Accel- 

erator CD.  Access  to  these  resources  comes  in  your  MediaPak. 

9.10b  I  he  VSLPR  animation  (l).2)  shows  the  arrangements  of 
ek  1  Iron  domains  around  a  central  atom,  (a)  In  w  hich  ot 

the  arrangements  are  the  bond  angles  not  all  equal? 

(b)  In  which  of  the  arrangements  are  all  positions  un- 
equal with  regard  to  placement  of  a  single  lone  pair? 

(c)  Are  there  any  electron-domain  geometries  for  which 
all  positions  are  equal  with  regard  to  placement  of  the 
first  lone  pair,  but  not  with  regard  to  placement  of 
the  second?  Explain. 



eMedia  Exercises 

9.107  In  the  trigonal-bipyramidal  arrangement  of  electron  do- 
mains shown  in  the  VSEPR  animation  (9.2),  a  single 

lone  pair  will  occupy  an  equatorial  position  rather  than 
an  axial  position,  (a)  Explain  why  this  is  so.  (b)  Is  it  pos- 

sible for  a  molecule  with  trigonal-bipvramidal  electron- 
domain  geometry  to  have  linear  molecular  geometry? 
Explain  your  answer,  (c)  Is  it  possible  lor  ,1  molecule 
with  trigonal-bipyramidal  electron-domain  geometry  to 
have  a  trigonal-planar  molecular  geometry?  II  so,  how? 
If  not,  why  not? 

9.108  The  3-D  model  set  VSEPR:  Basic  Molecular  Configu- 
rations tutorial  (9.2)  gives  examples  of  electron- 

domain  and  molecular  geometries  for  AB„  molecules 

with  and  without  lone  pairs.  It  also  allows  you  to  ma- 
nipulate and  view  the  molecules  from  any  angle.  For 

each  of  the  examples  in  the  set,  give  a  different  exam- 
ple with  the  same  electron-domain  and  molecular 

geometries.  Write  the  formula,  draw  the  l  ewis-dot 
structure,  and  give  the  molecular  geometry  for  each  of 
your  examples. 

9.109  The  Molecular  Polarity  activity  (.9  >)  allows  you  to  , 
periment  with  various  central  and  terminal  atoms  in 
AB2  and  ABS  molecules.  For  the  case  of  AB3,  u  lu  re  the 
terminal  atoms  are  all  the  same  element,  use  geometry 
to  show  quantitatively  how  a  molecule  with  three  polar 
bonds  can  be  nonpolar  overall. 

9.110  Exercise  9.51  asks  about  the  hybridization  at  the  carbon 
atom  of  the  molecule  H2CO.  The  Hybridization  annua 
Hon  (9.5)  illustrates  the  formation  of  s/>,  s/>  ,  and  s/» 

hybrid  orbitals.  (a)  Beginning  with  the  electron  configu- 
ration of  a  ground-state  carbon  atom,  diagram  and  de- 
scribe the  process  by  which  hybridization  leads  to  the 

formation  ol  the  a  bonds  in  this  molecule,  (b)  Using  your 
diagrams  from  part  (a),  describe  the  process  by  which  the 
77  bone)  forms. 

9.111  In  Exercise  9.45  you  described  the  steps  needed  to  con- 
struct hybrid  orbitals  to  account  for  the  bonding  in  BE;. 

Examine  the  Hybridization  animation  (9.5),  and  use  it 

to  explain  why  promotion  and  hybridization  are  neces- 
sary to  describe  the  B — F  bonds  in  BIV 
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10.1  Characteristics  of  Gases 

10.2  Pressure 

10.3  The  Gas  Laws 

10.4  The  Ideal-Gas  Equation 

10.5  Further  Applications  of  the 

Ideal-Gas  Equation 

10.6  Gas  Mixtures  and  Partial 
Pressures 

10.7  Kinetic-Molecular  Theory 

10.8  Molecular  Effusion 
and  Diffusion 

10.9  Real  Gases:  Deviations 
from  Ideal  Behavior 

WHAT'S  AHEAD 

•  We  will  compare  the  distinguishing 
characteristics  of  gases  with  those  of 
liquids  and  solids.  (Section  10.1) 

•  We'll  study  gas  pressure,  how  it  is 
measured,  and  the  units  used  to 

express  it,  as  well  as  consider  Earth's 
atmosphere  and  the  pressure  it 
exerts.  (Section  10.2) 

•  The  state  of  a  gas  can  be  expressed  in 
terms  of  its  volume,  pressure, 
temperature,  and  quantity  of  gas. 
We  will  examine  several  empirical 
relationships  that  relate  these 
variables  to  each  other.  Put  together, 
these  empirical  relationships  yield 

the  ideal-gas  equation,  PV  =  nRT. 
(Sections  10 J  and  10.4) 

<
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While  the  ideal-gas  equation  is 
not  obeyed  exactly  by  any  real  gas, 
most  gases  come  quite  close  to 
obeying  it  at  temperature  and 
pressure  conditions  of 
greatest  interest. 
Consequently,  we  can  use  the 
ideal-gas  equation  to  make 
many  useful  calculations.  (Sections 
10.4,  10.5,  and  10.6) 

In  the  kinetic-molecular  theory  of 

gases,  the  atoms  or  molecules  that 
make  up  the  gas  are  assumed  to  be 
point  masses  that  move  about  with 
an  average  kinetic  energy  that  is 

proportional  to  the  gas  temperature. 
(Section  10.7) 

The  kinetic-molecular  theory  leads 
to  the  ideal-gas  equation  and  helps 
us  account  for  such  gas  properties  as 
effusion  through  tiny  openings  and 
also  for  diffusion.  (Section  10.8) 

Real  gases  deviate  from  ideal 
behavior,  primarily  because  the  gas 
molecules  have  finite  volume  and 
because  attractive  forces  exist 
between  molecules.  The  van  der 

Waals  equation  gives  a  more  accurate 
account  of  real  gas  behavior  at  high 

pressures  and  low  temperatures. 

(Section  to.')) 



Gases 

IN  THE  PAST  SEVERAL  CHAPTERS  we  have  learned  about  elec- 

tronic structures  of  atoms  and  about  how  atoms 

combine  to  form  molecules  and  ionic  substances. 

In  everyday  life,  however,  we  don't  have  direct 
experiences  with  atoms.  Instead,  we  encounter 
matter  .is  collections  of  enormous  numbers  of  atoms  or  molecules 

th.it  make  up  gases,  liquids,  and  solids.  In  the  atmosphere  it's  the 
action  of  such  large  collections  of  atoms  and  molecules  that  are 

responsible  for  our  weather — the  gentle  breezes  and  the  gales, 
the  humidity  and  the  rain.  Tornados,  such  as  the  one  shown  in 

the  chapter-opening  photo,  form  when  moist,  warm  air  at 
lower  elevations  converges  with  cooler,  drv  air  above.  The 
resultant  air  flows  produce  winds  that  can  approach 

speeds  up  to  SIX)  km/hr  (300  mph). 
It  was  his  interest  in  the  weather  that  motivated 

ohn  Dalton  (Section  2.1)  to  study  gases  and  eventu- 

ally led  him  to  propose'  the  atomic  theory  of  matter. 
We  now  know  that  the  properties  of  gases,  liq- 

uids, and  solids  are  readily  understood  in  terms 
of  tlie  behavior  of  their  component  atoms, 
ions,  and  molecules.  In  this  chapter  we  will 
examine  the  physical  properties  of  gases 
and  consider  how  we  can  understand 

these  properties  in  terms  of  the  behavior 
of  gas  molecules.  In  Chapter  1 1  we  w  ill 
turn  our  attention  to  the  physical 

properties  of  liquids  and  solids. 

In  many  ways  gases  an-  the 
most  easily  understood  form  ot 
matter,  kven  though  different 
gaseous     substances  may 

have  very  different  chemical 

properties,    they  bel 

quite  similarly  as  f;  r  < 
their   phu  i 

ties    are  concerned. 
A  TORNADO  IS  A  VIOLENT,  rotating  column  of  air  characterized  by  a  funnel-shaped  cloud.  A  tornado 
can  be  up  to  100  m  in  diameter  with  wind  speeds  approaching  500  km/hr. 

.399 



For  example,  we  live  in  an  atmosphere  composed  of  a  mixture  of  gases  that 
we  refer  to  as  air.  We  breathe  air  to  absorb  oxygen,  02,  which  supports 
human  life.  Air  also  contains  nitrogen,  N2,  which  has  very  different  chemical 

properties  from  oxygen,  yet  this  mixture  behaves  physically  as  one  gaseous 
material.  The  relative  simplicity  of  the  gas  state  affords  a  good  starting  point 
as  we  seek  to  understand  the  properties  of  the  states  of  matter. 

10.1  I  Characteristics  of  Gases 

In  considering  the  characteristics  of  gases,  there  is  no  more  appropriate  place  to 

begin  than  with  Earth's  atmosphere,  vital  to  all  life  on  the  planet.  Air  is  a  com- 
plex mixture  of  several  substances,  either  atomic  in  nature  or  consisting  of 

small  molecules.  Air  consists  primarily,  however,  of  N2  (78%)  and  02  (21%), 
with  small  amounts  of  several  other  gases,  including  Ar  (0.9%). 

In  addition  to  02  and  N2,  a  few  other  elements  (H2,  F2/  Cl2)  exist  as  gases 
under  ordinary  conditions  of  temperature  and  pressure.  The  noble  gases  (He, 

Ne,  Ar,  Kr,  and  Xe)  are  all  monatomic  gases.  Many  molecular  compounds  are 
also  gases.  Table  10.1  ▼  lists  a  few  of  the  more  common  gaseous  compounds. 
Notice  that  all  of  these  gases  are  composed  entirely  of  nonmetallic  elements. 
Furthermore,  all  have  simple  molecular  formulas  and,  therefore,  low  molar 

masses.  Substances  that  are  liquids  or  solids  under  ordinary  conditions  can 
also  exist  in  the  gaseous  state,  too,  where  they  are  often  referred  to  as  vapors. 
The  substance  H20,  for  example,  can  exist  as  liquid  water,  solid  ice,  or  water 

vapor. 
Gases  differ  significantly  from  solids  and  liquids  in  several  respects.  For  ex- 

ample, a  gas  expands  spontaneously  to  fill  its  container.  Consequently,  the  vol- 
ume of  a  gas  equals  the  volume  of  the  container  in  which  it  is  held.  Gases  also 

are  highh  compressible:  When  pressure  is  applied  to  a  gas,  its  volume  readih 

decreases.  Solids  and  liquids,  on  the  other  hand,  do  not  expand  to  fill  their  con- 
tainers, and  solids  and  liquids  are  not  readily  compressible. 

Gases  form  homogeneous  mixtures  with  each  other  regardless  of  the  iden- 
tities or  relative  proportions  of  the  component  gases.  The  atmosphere  serves  as 

an  excellent  example.  As  a  further  example,  when  water  and  gasoline  are 
mixed,  the  two  liquids  remain  as  separate  layers.  In  contrast,  the  water  vapor 
and  gasoline  vapors  above  the  liquids  form  a  homogeneous  gas  rnixture.  The 

characteristic  properties  of  gases  arise  because  the  individual  molecules  are  rel- 
atively far  apart.  In  the  air  we  breathe,  for  example,  the  molecules  take  up  only 

about  0.1%  of  the  total  volume,  with  the  rest  being  empty  space.  Thus,  each 
molecule  behaves  largely  as  though  the  others  were  not  present.  As  a  result, 
different  gases  behave  similarly,  even  though  they  are  made  up  of  different 

TABLE  10.1    Some  Common  Compounds  That  Are  Gases  at  Room  Temperature 

Formula Name Characteristics 

HCN 
Hydrogen  cyanide Very  toxic,  slight  odor  of  bitter  almonds H2S 

Hydrogen  sulfide 
Very  toxic,  odor  of  rotten  eggs 

CO Carbon  monoxide Toxic,  colorless,  odorless 

co2 

Carbon  dioxide Colorless,  odorless 

CH4 

Methane Colorless,  odorless,  flammable 
C  ,11, 

Ethylene Colorless;  ripens  fruit C3H8 

Propane Colorless;  bottled  gas 
N20 Nitrous  oxide Colorless,  sweet  odor;  laughing  gas 

N02 

Nitrogen  dioxide Toxic,  red-brown,  irritating  odor 

NFh 

Ammonia Colorless,  pungent  odor 

so2 

Sulfur  dioxide Colorless,  irritating  odor 
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molecules.  In  contrast,  the  individual  molecules  in  a  liquid  are  close  together 
and  occupy  perhaps  70%  of  the  total  space.  The  attractive  forces  among  the 
molecules  keep  the  liquid  together. 

Q    GIVE  IT  SOME  THOUGHT 

What  is  the  major  reason  that  physical  properties  do  not  differ  much  from  one 
gaseous  substance  to  another? 

10.2  I  Pressure 

Among  the  most  readily  measured  properties  of  a  gas  are  its  temperature,  vol- 
ume, and  pressure.  It  is  not  surprising,  therefore,  that  manv  early  studies  of 

gases  focused  on  relationships  among  these  properties.  We  have  already  dis- 

cussed volume  and  temperature.  l  et's  now  consider  the  con- 
cept of  pressure. 
In  general  terms,  pressure  conveys  the  idea  of  a  force,  a  push  that  tends  to 

move  something  in  a  given  direction.  Pressure,  /',  is,  in  fact,  the  force,  F,  that 
acts  on  a  given  area,  A. 

Gases  exert  a  pressure  on  any  surface  with  which  they  are  in  contact.  The  gas  in  an 
inflated  balloon,  tor  example,  exerts  a  pressure  on  the  inside  surface  ot  the  balloon. 

Atmospheric  Pressure  and  the  Barometer 

You  and  I,  coconuts  and  nitrogen  molecules,  all  experience  an  attractive  force 
that  pulls  toward  the  center  of  Earth.  When  a  coconut  comes  loose  from  its 

place  at  the  top  of  the  tree,  for  example,  the  gravitational  attractive  force  causes 
it  to  be  accelerated  toward  Earth,  increasing  in  speed  as  its  potential  energy  is 
converted  into  kinetic  energy.  The  atoms  and  molecules  of  the 

atmosphere  experience  a  gravitational  acceleration,  too.  Because  the  gas  parti- 
cles have  such  tiny  masses,  however,  their  thermal  energies  of  motion  (their  ki- 
netic energies)  override  the  gravitational  forces,  so  all  the  molecules  that  make 

up  the  atmosphere  don't  just  pile  up  in  a  thin  laser  at  Earth's  surface.  Nev  er- 
theless, gravity  does  operate,  and  it  causes  the  atmosphere  as  a  whole  to  press 

down  on  Earth's  surface,  creating  an  atmospheric  pressure. 
You  can  demonstrate  the  existence  of  atmospheric  pressure  to  yourself 

with  an  empty  plastic  bottle  of  the  sort  used  to  hold  w  ater  or  soft  drinks.  If  you 

suck  on  the  mouth  of  the  empty  bottle,  chances  are  you  can  cause  it  to  partial- 
ly cave  in.  When  you  break  the  partial  vacuum  you  have  created,  the 

bottle  pops  out  to  its  original  shape.  What  causes  the  bottle  to  cave  in 
when  the  pressure  inside  it  is  reduced,  even  by  the  relatively  small 

amount  you  can  manage  with  your  lungs?  The  gas  molecules  in  the  at- 
mosphere are  exerting  a  force  on  the  outside  of  the  bottle  that  is 

greater  than  the  force  within  the  bottle  when  some  of  the  gas  has  been 
sucked  out. 

We  can  calculate  the  magnitude  of  the  atmospheric  pressure  as  fol- 
lows: The  force,  F,  exerted  by  any  object  is  the  product  of  its  mass,  ///, 

times  its  acceleration,  a;  that  is,  F  =  ma.  The  acceleration  given  by 

Earth's  gravity  to  any  object  located  near  Earth's  surface  is  9.8  m/s2.  Now 
imagine  a  column  of  air  I  m  in  cross  section  extending  through  the  en- 

tire atmosphere.  That  column  has  a  mass  of  roughly  10,000  kg 

(Figure  10.1  ►).  The  force  exerted  by  the  column  on  the  Earth's  surface  is 

F  =  (10,000  kg)(9.8  m/s2)  =  1  x  105  kg-m/s2  =  1  x  105  N 

T  Figure  10.1    Atmospheric  pressure. 

Illustration  of  the  manner  in  which  Earth's 
atmosphere  exerts  pressure  at  the  surface  of  the 
planet.  The  mass  of  a  column  of  atmosphere 

exactly  1  m2  in  cross-sectional  area  and  extending 
to  the  upper  atmosphere  exerts  a  force  of 

1.01  •  ltVN 

1  m  column  of 

air  (mass     |()4  kt 

(  ,r 

ivitational 
fore  c 

1  atm  presstn 
at  surtai  e 
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The  SI  unit  for  force  is  kg-m/s2  and  is  called  the  newton  (N):  1  N  =  1  kg-m/s2.  The 
pressure  exerted  by  the  column  is  the  force  divided  by  the  cross-sectional  area,  A, 
over  which  the  force  is  applied.  Because  our  air  column  has  a  cross-sectional  area  of 
1  itt,  we  have 

f    i  x  nr  n 

1  nr =  1  x  10^N/m2  =5  1  X  105Pa  =  1  X  102  kPa 

Atmospheric 

pressure 

▲  Figure  10.2  A  mercury  barometer. 
The  pressure  of  the  atmosphere  on  the  surface  of 
the  mercury  (represented  by  the  blue  arrow) 
equals  the  pressure  of  the  column  of  mercury 
(red  arrow). 

The  SI  unit  of  pressure  is  N/itt.  It  is  given  the  name  pascal  (Pa)  after  Blaise  Pas- 

cal (1623-1662),  a  French  mathematician  and  scientist  who  studied  pressure: 

1  Pa  =  1  N/m".  A  related  unit  sometimes  used  to  report  pressures  is  the  bar, 
which  equals  10  Pa.  Atmospheric  pressure  at  sea  level  is  about  100  kPa,  or 

1  bar.  The  actual  atmospheric  pressure  at  any  location  depends  on  weather  con- 
ditions and  altitude. 

In  the  early  part  of  the  seventeenth  century  it  was  widely  believed  that  the  at- 
mosphere had  no  weight.  Evangelista  Torricelli  (1608-1647),  who  was  a  student  of 

Galileo's,  invented  the  barometer  (Figure  10.2  <)  to  show  that  it  did.  A  glass  tube 
more  than  760  mm  long  that  is  closed  at  one  end  is  completely  filled  with  mercurv 
and  inverted  into  a  dish  that  contains  additional  mercury.  Care  must  be  taken  so 

that  no  air  gets  into  the  tube.  Some  of  the  mercury  flows  out  when  the  tube  is  in- 
verted, but  a  column  of  mercury  remains  in  the  tube.  Torricelli  argued  that  the 

mercury  surface  in  the  dish  experiences  the  full  force,  or  weight,  of  Earth's  atmos- 
phere. Because  there  is  no  air  (and  therefore  no  atmospheric  pressure)  above  the 

mercurv  in  the  tube,  the  mercury  is  pushed  up  the  tube  until  the  pressure  at  the 

base  of  the  tube  that  is  due  to  the  mass  of  the  mercury  column  balances  the  atmos- 
pheric pressure.  Thus,  the  height,  //,  of  the  mercury  column  is  a  measure  of  the  at- 

mosphere's pressure,  so  it  will  change  as  the  atmospheric  pressure  changes. 
Torricelli 's  proposed  explanation  met  with  fierce  opposition.  Some  argued 

that  there  could  not  possibly  be  a  vacuum  at  the  top  of  the  tube.  They  said,  "Na- 
ture does  not  permit  a  vacuum!"  But  Torricelli  also  had  his  supporters.  Blaise 

Pascal,  for  example,  had  one  of  the  barometers  carried  to  the  top  of  Puy  de  Dome, 

a  volcanic  mountain  in  central  France,  and  compared  its  readings  with  a  dupli- 
cate barometer  kept  at  the  foot  of  the  mountain.  As  the  barometer  ascended,  the 

height  of  the  mercurv  column  diminished,  as  expected,  because  the  amount  of  at- 
mosphere pressing  down  on  the  surface  decreases  as  one  moves  higher.  These 

and  other  experiments  by  scientists  eventually  prevailed,  and  the  idea  that  the  at- 
mosphere has  weight  became  accepted  over  a  period  of  many  years. 

9 GIVE  IT  SOME  THOUGHT 

What  happens  to  the  height  of  the  mercury  column  in  a  mercury  barometer  as  you 
move  to  higher  altitude,  and  why? 

Standard  atmospheric  pressure,  which  corresponds  to  the  typical  pressure 

at  si >a  level,  is  the  pressure  sufficient  to  support  a  column  of  mercury  760  mm 

high.  In  SI  units,  this  pressure  equals  1.01325  X  105  Pa.  Standard  atmospheric 
pressure  defines  some  common  non-SI  units  used  to  express  gas  pressures, 
such  as  the  atmosphere  (atm)  and  the  millimeter  of  mercury  (mm  Hg).  The  latter 
unit  is  also  called  the  torr,  after  Torricelli. 

1  atm  =  760  mm  Hg  =  760  torr  =  1.01325  X  105  Pa  =  101.325  kPa 

Note  that  the  units  mm  Hg  and  torr  are  equivalent:  1  torr  =  1  mm  Hg. 
We  will  usually  express  gas  pressure  in  units  of  arm,  Pa  (or  kPa),  or  torr,  so  you 

should  be  comfortable  converting  gas  pressures  from  one  set  of  units  to  another. 
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Hi  SAMPLE  EXERCISE  10.1  |  Converting  Units  of  Pressure 

(a)  Convert  0.357  atm  to  torr.  (b)  Convert  6.6  ■  10    torr  to  atm.  (c)  Convert  147.2  kPa  to  torr. 

Solution 

Analyze:  In  each  case  we  are  giv  en  the  pressure  in  one  unit  and  asked  to  conv  ert  it  to  another  unit.  Our  task,  therefore,  is  to 
choose  the  appropriate  conversion  factors. 
Plan:  We  can  use  dimensional  analy  sis  to  perform  the  desired  conversions. 

Solve:  (a)  To  convert  atmospheres 

to  torr,  we  use  the  relationship  (0357  Mm  J  7b0  toIT  \  =  m  torr 760  torr  =  1  atm:  V  1  <>tm  / 

Note  that  the  units  cancel  in  the  re- 
quired manner. 

(b)  We  use  the  same  relationship  as 
in  part  (a).  To  get  the  appropriate 

units  to  cancel,  we  must  use  the  con-  (6  6  /  ,()  :  torr)(    1  atm    )  =  8.7  x  10  5  atm version  factor  as  follows:  V  760  torr  / 

(c)  The   relationship   760  torr 
101.325  kPa  allows  us  to  write  an 

appropriate  conversion   factor  for  (147.2  kPa  )(     760torr     )=   1104  torr this  problem:  \  101.325  kPa 

Check:  In  each  case  look  at  the  magnitude  of  the  answer  and  compare  it  with  the  starting  value.  The  torr  is  a  much  smaller  unit 
than  the  atmosphere,  so  we  expect  the  numerical  answer  to  be  larger  than  the  starting  quantity  in  (a),  smaller  in  (b).  In  (c)  notice 
that  there  are  nearly  S  torr  per  kPa,  so  the  numerii_al  answ  er  in  torr  should  be  about  S  times  larger  than  its  value  in  kPa,  consistent 
with  our  calculation. 

Hi  PRACTICE  EXERCISE 

(a)  In  countries  that  use  the  metric  system,  such  as  (_  anada,  atmospheric  pressure  in  weather  reports  is  given  m  units  ot  kl'a.  con- 
vert a^pressure  of  745  torr  to  kPa.  (b)  An  English  unit  of  pressure  sometimes  used  in  engineering  is  pounds  per  square  inch 

(lb/in.-),  or  psi:  1  atm  =  14.7  lb/in.  .  If  a  pressure  is  reported  as  L*l  .5  psi,  express  the  measurement  in  atmospheres. 
Answer:  (a)  99.3  kPa,  (b)  6.22  atm 

We  can  use  various  devices  to  measure  the  pressures  of  enclosed  gases.  Tire 
gauges,  for  example,  measure  the  pressure  of  air  in  automobile  and  bicycle  tires. 

In  laboratories  we  sometimes  use  a  dev  ice  called  a  manometer.  A  manometer  oper-  ̂  
ates  on  a  principle  similar  to  that  of  a  barometer,  as  shown  in  Sample  Exercise  10.2. 

ACTIVITY 
Manometer 

Hi  SAMPLE  EXERCISE  10.2  |  Using  a  Manometer  to  Measure  Gas  Pressure 

On  a  certain  day  the  barometer  in  a  laboratory  indicates  that  the  atmospheric  pressure 
is  764.7  torr.  A  sample  of  gas  is  placed  in  a  tlask  attached  to  an  open-end  mercury 
manometer,  shown  in  Figure  10.3  ►.  A  meter  stick  is  used  to  measure  the  height  of  the 
mercury  abov  e  the  bottom  of  the  manometer.  The  level  of  mercury  m  the  open-end 
arm  of  the  manometer  has  a  height  ot  136.4  mm,  and  the  mercury  in  the  arm  that  is  in 
contact  with  the  gas  has  a  height  of  103.8  mm.  What  is  the  pressure  of  the  gas  (a)  in  at- 

mospheres, (b)  in  kPa? 

Solution 

Analyze:  We  are  given  the  atmospheric  pressure  (764.7  torr)  and  the  heights  of  the 
mercury  in  the  two  arms  of  the  manometer  and  asked  to  determine  the  gas  pressure  in 
the  flask.  We  know  that  this  pressure  must  be  greater  than  atmospheric  because  the 
manometer  level  on  the  flask  side  (103.8  mm)  is  lower  than  that  on  the  side  open  to 
the  atmosphere  (136.4  mm),  as  indicated  in  Figure  10.3. 

Plan:  We'll  use  the  difference  in  height  between  the  two  arms  (h  in  Figure  10.3) 
to  obtain  the  amount  by  which  the  pressure  of  the  gas  exceeds  atmospheric  pres- 

sure. Because  an  open-end  mercury  manometer  is  used,  the  height  difference  di- 
rectly measures  the  pressure  difference  in  mm  Hg  or  torr  betw  een  the  gas  and  the 

atmosphere. 

( )pen  end 

gas 

P 

▲  Figure  10.3   A  mercury  i 
This  device  is  sometimes 
laboratory  to  measure  ga 
atmospheric  pressure. 
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Solve:  (a)  The  pressure  of  the  gas 
equals  the  atmospheric  pressure 

plus  //: 

We  convert  the  pressure  of  the  gas  to 
atmospheres: 

(b)  To  calculate  the  pressure  in  kPa, 
we  employ  the  conversion  factor  be- 

tween atmospheres  and  kPa: 

fgas  fat 
764.7  torr 
797.3  torr 

(797.3  torr 

( 1 36.4  torr 

I  J_atm^ 

1.044  arm 

V  760  torr 

101.3  kPa 

103.8  torr) 

1.049  atm 

1  atm 
106.3  kPa 

Check:  The  calculated  pressure  is  a  bit  more  than  one  atmosphere.  This  makes  sense  because  we  anticipated  that  the  pressure  in  the  flask 
would  be  greater  than  the  pressure  of  the  atmosphere  acting  on  the  manometer,  which  is  a  bit  greater  than  one  standard  atmosphere. 

■1  PRACTICE  EXERCISE 

Convert  a  pressure  of  0.975  atm  into  Pa  and  kPa. 
Answers:  9.88  ■  104  Pa  and  98.8  kPa 

L 
CHEMISTRY  AND  LIFT,  I  Blood  Pressure 

The  human  heart  pumps  blood  to  the  parts  of  the  body 
through  arteries,  and  the  blood  returns  to  the  heart 

through  veins.  When  your  blood  pressure  is  measured,  two 
values  are  reported,  such  as  120/80  (120  over  80),  which  is  a 
normal  reading.  The  first  measurement  is  the  systolic  pressure, 
the  maximum  pressure  when  the  heart  is  pumping.  The  sec- 

ond is  the  diastolic  pressure,  the  pressure  when  the  heart  is  in 
the  resting  part  of  its  pumping  cycle.  The  units  associated 
with  these  pressure  measurements  are  torr. 

Blood  pressure  is  measured  using  a  pressure  gauge  at- 
tached to  a  closed,  air-filled  jacket  or  cuff  that  is  applied  like  a 

tourniquet  to  the  arm  (Figure  10.4  ►).  The  pressure  gauge 
may  be  a  mercury  manometer  or  some  other  device.  The  air 
pressure  in  the  cuff  is  increased  using  a  small  pump  until  it  is 
above  the  systolic  pressure  and  prevents  the  flow  of  blood. 
The  air  pressure  inside  the  cuff  is  then  slowlv  reduced  until 
blood  just  begins  to  pulse  through  the  artery,  as  detected  by 
the  use  of  a  stethoscope.  At  this  point  the  pressure  in  the  cuff 
equals  the  pressure  that  the  blood  exerts  inside  the  arteries. 

Reading  the  gauge  gives  the  systolic  pressure.  The  pressure  in 
the  cuff  is  then  reduced  further  until  the  blood  flows  freelv. 

The  pressure  at  this  point  is  the  diastolic  pressure. 

Hypertension  is  the  pres- 
ence of  abnormally  high  blood 

pressure.  The  usual  criterion  for 

hypertension  is  a  blood  pres- 
sure greater  than  140/90,  al- 

though recent  studies  suggest 
that  health  risks  increase  for 

systolic  readings  above  120. 

Hypertension  significantly  in- creases the  workload  on  the 

heart  and  also  places  a  stress  on 
the  walls  of  the  blood  vessels 

throughout  the  body.  These  ef- 
fects increase  the  risk  of 

aneurysms,  heart  attacks,  and 
strokes. 

▲  Figure  10.4  Measuring 
blood  pressure. 

10.3  I  The  Gas  Laws 

Experiments  with  a  large  number  of  gases  reveal  that  four  variables  are  needed 
to  define  the  physical  condition,  or  state,  of  a  gas:  temperature,  T,  pressure,  P, 
volume,  V,  and  the  amount  of  gas,  which  is  usually  expressed  as  the  number  of 
moles,  //.  The  equations  that  express  the  relationships  among  T,  P,  V,  and  n  are 
known  as  the  gas  laws. 

The  Pressure-Volume  Relationship:  Boyle's  Law 
If  the  pressure  on  a  balloon  is  decreased,  the  balloon  expands.  That  is  why 
weather  balloons  expand  as  they  rise  through  the  atmosphere  (Figure  10.5  ►). 

Conversely,  when  a  volume  of  gas  is  compressed,  the  pressure  of  the  gas  in- 
creases. British  chemist  Robert  Boyle  (1627-1691)  first  investigated  the  relation- 

ship between  the  pressure  of  a  gas  and  its  volume. 



The  Gas  Laws 

■4  Figure  10.5  An  application  of  the 
pressure-volume  relationship.  The  volun 
gas  in  this  weather  balloon  will  increase  as  it 
ascends  into  the  high  atmosphere,  where  the 

atmospheric  pressure  is  lower  than  on  Earth's surface. 

Boyle's  Law:  Pressure  and  Volume 

To  perform  his  gas  experiments,  Boyle  used  a  J-shaped  tube 
like  that  shown  in  Figure  10.6  ►.  In  the  tube  on  the  left,  a  quanti- 

ty of  gas  is  trapped  behind  a  column  of  mercury.  Boyle  changed 
the  pressure  on  the  gas  by  adding  mercury  to  the  tube.  He  found 
that  the  volume  of  the  gas  decreased  as  the  pressure  increased. 
For  example,  doubling  the  pressure  caused  the  gas  volume  to 
decrease  to  half  its  original  value. 

Boyle's  law,  which  summarizes  these  observations,  states 
that  the  volume  of  a  fixed  quantity  of  gas  maintained  at  constant 
temperature  is  inversely  proportional  to  the  pressure.  When  two 
measurements  are  inversely  proportional,  one  gets  smaller  as 

the  other  gets  larger.  Boyle's  law  can  be  expressed  mathemati- 
cally as 

Atmospheric 

pressure 

Atmospheric 

pressure 

c  las 

Volume =  60  mL 

Hg added 
t 

760 

Volume 
=  30  mL 

U U 

(a) 
(b) 

V 
constant  - 

I 
i  ir 

PV 
constant 

The  value  of  the  constant  depends  on  the  temperature  and  the  amount  of  gas  in 

the  sample.  The  graph  of  V  versus  P  in  Figure  10.7(a)  ▼  shows  the  type  of  curve 
obtained  for  a  given  quantity  of  gas  at  a  fixed  temperature.  A  linear  relationship 
is  obtained  when  V  is  plotted  versus  \/P  [Figure  10.7(b)). 

▲  Figure  10.6  An  illustration  of  Boyle's 
experiment  relating  pressure  and  volume.  In 
(a)  the  volume  of  the  gas  trapped  in  the  J-tube  is 
60  mL  when  the  gas  pressure  is  760  torn  When 
additional  mercury  is  added,  as  shown  in  (b),  the 

trapped  gas  is  compressed.  The  volume  is  30  mL 
when  its  total  pressure  is  1520  torr, 
corresponding  to  atmospheric  pressure  plus  the 
pressure  exerted  by  the  760  mm  column  of mercury. 

ANIMATION 
P-V  Relationships 

■4  Figure  10.7  Graph-  iwssed  on  Boyle's 
law.  (a)  Volume  versus  pi  I  volume 
versus  1  P 
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▲  Figure  10.8   An  illustration  of  the 
effect  of  temperature  on  volume.  As  liquid 

nitrogen  ( —  1 96  C)  is  poured  over  a  balloon, 
the  gas  in  the  balloon  is  cooled  and  its  volume 
decreases. 

Charles's  Law:  Temperature  and  Volume 

►   Figure  10.9   Graph  based  on  Charles's 
law.  At  constant  pressure,  the  volume  of  an 
enclosed  gas  increases  as  the  temperature 
increases.  The  dashed  line  is  an  extrapolation 
to  temperatures  at  which  the  substance  is  no 
longer  a  gas. 

Simple  though  it  is,  Boyle's  law  occupies  a  special  place  in  the  history  of 
science.  Boyle  was  the  first  to  carry  out  a  series  of  experiments  in  which  one 

variable  was  systematically  changed  to  determine  the  effect  on  another  vari- 
able. The  data  from  the  experiments  were  then  employed  to  establish  an  empir- 

ical relationship,  a  "law." 
We  apply  Boyle's  law  every  time  we  breathe.  The  volume  of  the  lungs  is 

governed  by  the  rib  cage,  which  can  expand  and  contract,  and  the  di- 
aphragm, a  muscle  beneath  the  lungs.  Inhalation  occurs  when  the  rib  cage 

expands  and  the  diaphragm  moves  downward.  Both  of  these  actions  in- 
crease the  volume  of  the  lungs,  thus  decreasing  the  gas  pressure  inside  the 

lungs.  The  atmospheric  pressure  then  forces  air  into  the  lungs  until  the  pres- 
sure in  the  lungs  equals  atmospheric  pressure.  Exhalation  reverses  the 

process:  The  rib  cage  contracts  and  the  diaphragm  moves  up,  both  of  which 

decrease  the  volume  of  the  lungs.  Air  is  forced  out  of  the  lungs  by  the  re- 
sulting increase  in  pressure. 

9 GIVE  IT  SOME  THOUGHT 

What  happens  to  the  volume  of  a  gas  if  you  double  its  pressure,  say  from  1  atm  to  2 
atm,  while  its  temperature  is  held  constant? 

The  Temperature-Volume  Relationship:  Charles's  Law 
Hot-air  balloons  rise  because  air  expands  as  it  is  heated.  The  warm  air  in  the 
balloon  is  less  dense  than  the  surrounding  cool  air  at  the  same  pressure.  This 
difference  in  densitv  causes  the  balloon  to  ascend.  Conversely,  a  balloon  will 
shrink  when  the  gas  in  it  is  cooled,  as  seen  in  Figure  10.8  ̂ . 

The  relationship  between  gas  volume  and  temperature  was  discovered  in 

1787  by  the  French  scientist  Jacques  Charles  (1746-1823).  Charles  found  that  the 
volume  of  a  fixed  quantitv  of  gas  at  constant  pressure  increases  linearly  with 

temperature.  Some  typical  data  are  shown  in  Figure  10.9  ▼.  Notice  that  the  ex- 

trapolated (extended)  line  (which  is  dashed)  passes  through  -273"C.  Note  also 
that  the  gas  is  predicted  to  have  zero  volume  at  this  temperature.  This  condi- 

tion is  never  realized,  however,  because  all  gases  liquefy  or  solidify  before 
reaching  this  temperature. 

In  1848  William  Thomson  (1824-1907),  a  British  physicist  whose  title  was 
Lord  Kelvin,  proposed  an  absolute-temperature  scale,  now  known  as  the 

Kelvin  scale.  On  this  scale  0  K,  which  is  called  absolute  zero,  equals  -273.1 5:C. 
In  terms  of  the  Kelvin  scale,  Charles's  law  can  be  stated  as  fol- 

lows: The  volume  of  a  fixed  amount  of  gas  maintained  at  constant  pressure  is  directly 

F  30 

'  -200  -100  0  100 

-273°C  Temperature  (°C) 

200  300 
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proportional  to  its  absolute  temperature.  I  hus,  doubling  the  absolute  temperature, 
say  from  200  K  to  400  K,  causes  the  gas  volume  to  double.  Mathematically, 

Charles's  law  takes  the  following  form: 

V  =  constant  x  T       or  constant  [10.3] T 

The  value  of  the  constant  depends  on  the  pressure  and  amount  of  gas. 

Q    GIVE  IT  SOME  THOUGHT 

Does  the  volume  of  a  fixed  quantity  of  gas  decrease  to  half  its  original  value  when 

the  temperature  is  lowered  from  100°C  to  50°C? 

The  Quantity-Volume  Relationship:  Avogadro's  Law 
As  we  add  gas  to  a  balloon,  the  balloon  expands.  I  he  volume  of  a  gas  is  affect- 

ed not  only  by  pressure  and  temperature  but  also  by  the  amount  of  gas.  The  re- 
lationship between  the  quantity  of  a  gas  and  its  volume  follows  from  the  work 

of  Joseph  Louis  Gay-Lussac  (1778-1823)  and  Amedeo  Avogadro  (1776-1856). 
Gay-Lussac  is  one  of  those  extraordinary  figures  in  the  history  of  science 

who  could  truly  be  called  an  adventurer.  I  le  w  as  interested  in  lighter-than-air 
balloons,  and  in  1804  he  made  an  ascent  to  23,000  ft — an  exploit  that  held  the  al- 

titude record  for  several  decades.  To  better  control  lighter-than-air  balloons, 

Gay-Lussac  carried  out  sev  eral  experiments  on  the  properties  of  gases.  In  1808 
he  observed  the  law  of  combining  volumes:  At  a  given  pressure  and  temperature, 
the  volumes  of  gases  that  react  with  one  another  are  in  the  ratios  of  small  whole 
numbers.  For  example,  two  volumes  of  hydrogen  gas  react  with  one  volume  of 
oxygen  gas  to  form  two  volumes  of  water  vapor,  as  shown  in  Figure  10.10  ▼. 

Observation Two  volumes 

hydrogen 

( )ne  \  olume 

oxygen 
Two  volumes w  ater  vapor 

Explanation 

<  Figure  10.10  The  law  of  combining 

volumes.  Gay-Lussac's  experimental  observation 
of  combining  volumes  is  shown  together  with 

Avogadro's  explanation  of  this  phenomenon. 

Equation 
H2(g) 02(g) 2  H20(e] 

Three  years  later  Amedeo  Avogadro  interpreted  Gay-Lussac's  observation 
by  proposing  what  is  now  known  as  Avogadro's  hypothesis:  Equal  volume-,  oj 
gases  at  the  same  temperature  and  pressure  contain  equal  numbers  of  molecules.  For 
example,  experiments  show  that  22.4  L  of  any  gas  at  0  C  and  I  atm  contain 

6.02  x  1023  gas  molecules  (that  is,  1  mol),  as  depicted  in  Figure  10.11  T. 

Volume 

Pressure 

Temperature 
Mass  of  gas 
Number  of 

gas  molecules 

He 

22.4  L 
I  atm 
DC 
4.00  g 

6.02  ■ in 

V 

22.4  L 
I  atm 
DC 28.0  g 

6.02  <  102 

CH4 

22  I  I I  atm 

0  C 

16.0  g 

6.02  ■  I02 

M  Figure  10.11    A  comparison  illustrating 

Avogadro's  hypothesis.  Note  that  helm 
consists  of  helium  atoms.  Each  gas  has  the  same 
volume,  temperature,  and  pressure  and  thus 
contains  the  same  number  of  molecules  Bi 
a  molecule  of  one  substance  differs  in  mass  I 

molecule  of  another,  the  masses  "I  < 
three  containers  differ 
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Avogadro's  Law:  Moles  and  Volume Avogadro's  law  follows  from  Avogadro's  hypothesis:  The  volume  of  a  gas 
maintained  at  constant  temperature  and  pressure  is  directly  proportional  to  the  number 
of  moles  of  the  gas.  That  is, 

V  =  constant  X  n [10.4) 

Thus,  doubling  the  number  of  moles  of  gas  will  cause  the  volume  to  double  if  T 
and  P  remain  constant. 

A  Figure  10.12  Cylinder  with  piston  and 
gas  inlet  valve. 

SAMPLE  EXERCISE  10.3 Evaluating  the  Effects  of  Changes  in  P,  V,  n,  and  T 
on  a  Gas 

Suppose  we  have  a  gas  confined  to  a  cylinder  as  shown  in  Figure  10.12  ̂ .  Consider 
the  following  changes:  (a)  Heat  the  gas  from  298  K  to  360  K,  while  maintaining  the 
piston  in  the  position  shown  in  the  drawing,  (b)  Move  the  piston  to  reduce  the  vol- 

ume of  gas  from  1  L  to  0.5  L.  (c)  Inject  additional  gas  through  the  gas  inlet  valve.  In- 
dicate how  each  of  these  changes  will  affect  the  average  distance  between  molecules, 

the  pressure  of  the  gas,  and  the  number  of  moles  of  gas  present  in  the  cylinder. 

Solution 
Analyze:  We  need  to  think  how  each  of  three  different  changes  in  the  svstem  affects 
(1)  the  distance  between  molecules,  (2)  the  pressure  of  the  gas,  and  (3)  the  number  of 
moles  of  gas  in  the  cylinder. 

Plan:  We'll  use  our  understanding  of  the  gas  laws  and  the  general  properties  of 
gases  to  analyze  each  situation. 
Solve:  (a)  Heating  the  gas  while  maintaining  the  position  of  the  piston  will  cause  no 
change  in  the  number  of  molecules  per  unit  volume.  Thus,  the  distance  between  mol- 

ecules and  the  total  moles  of  gas  remain  the  same.  The  increase  in  temperature,  how- 

ever, will  cause  the  pressure  to  increase  (Charles's  law). 
(b)  Moving  the  piston  compresses  the  same  quantity  of  gas  into  a  smaller  vol- 

ume. The  total  number  of  molecules  of  gas,  and  thus  the  total  number  of  moles,  re- 
mains the  same.  The  average  distance  between  molecules,  however,  must  decrease 

because  of  the  smaller  volume  in  which  the  gas  is  confined.  The  reduction  in  volume 

causes  the  pressure  to  increase  (Boyle's  law). 
(c)  Injecting  more  gas  into  the  cylinder  while  keeping  the  volume  and  tempera- 
ture the  same  will  result  in  more  molecules  and  thus  a  greater  number  of  moles  of 

gas.  The  average  distance  between  atoms  must  decrease  because  their  number  per 

unit  volume  increases.  Correspondingly,  the  pressure  increases  (Avogadro's  law). 

Wm  PRACTICE  EXERCISE 

What  happens  to  the  density  of  a  gas  as  (a)  the  gas  is  heated  in  a  constant-volume 
container;  (b)  the  gas  is  compressed  at  constant  temperature;  (c)  additional  gas  is 
added  to  a  constant-volume  container? 
Answer:  (a)  no  change,  (b)  increase,  (c)  increase 

ACTIVITY 
Gas  Laws 

Derivation  of  the  Ideal-Gas  taw 

10.4  I  The  Ideal-Gas  Equation 

In  Section  10.3  we  examined  three  historically  important  gas  laws  that  describe 
the  relationships  between  the  four  variables,  P,  V,  T,  and  that  define  the  state 
of  a  gas.  Each  law  was  obtained  by  holding  two  variables  constant  in  order  to 
see  how  the  remaining  two  variables  affect  each  other.  We  can  express  each  law 

as  a  proportionalih  relationship.  L  sing  the  s\  mbol  *  ,  which  is  read  "is  pro- 

portional to,"  we  have 1 

P 

V  ocT 
V  oc  n 

We  can  combine  these  relationships  to  make  a  more  general  gas  law. 

ijT 

P 

Boyle's  law: 

Charles's  law: 

Avogadro's  law: V  'X 

(constant  //,  T) 

(constant  n,  P) 

(constant  P,  T) 

V  oc 



10.4 The  [deal-Gas  Equation 

If  we  call  the  proportionality  constant  R,  we  obtain 
/  u, 

V  =  R 
V  / 

Rearranging,  we  have  this  relationship  in  its  more  familiar  form: 

PV  -  nRT  [10.5] 

This  equation  is  known  as  the  ideal-gas  equation.  An  ideal  gas  is  a  hypotheti- 
cal gas  whose  pressure,  volume,  and  temperature  behavior  is  completely  de- 

scribed by  the  ideal-gas  equation. 
The  term  R  in  the  ideal-gas  equation  is  called  the  gas  constant.  The  value  and 

units  of  R  depend  on  the  units  of  /',  V,  n,  and  /.  temperature  must  always  be  ex- 
pressed as  an  absolute  temperature  when  used  in  the  ideal-gas  equation.  The  quan- 

tity of  gas,  //,  is  normally  expressed  in  moles.  [Tie  units  chosen  lor  pressure  and 
volume  are  most  often  arm  and  liters,  respectively.  However,  other  units  can  be 
used.  In  most  countries  other  than  the  United  States,  the  SI  unit  ot  Pa  (or  kPa)  is  most 

commonly  employed.  Table  10.2^  shows  the  numerical  value  for  R  in  various 

units.  As  we  saw  in  the  "Closer  Look"  box  on  I'-V  work  in  Section  5.3,  the  product 
PV  has  the  units  of  energy.  Therefore,  the  units  ol  R  c  an  include  joules  or  calories.  In 

working  problems  with  the  ideal-gas  equation,  the  units  of  /',  V,  n,  and  7  must  agree 
with  the  units  in  the  gas  constant.  In  this  chapter  we  will  most  often  use  the  value 

R  =  0.08206  L-atm/mol-K  (four  significant  figures)  or  0.0821  L-atm  mol-K  (three 
significant  figures)  whenever  we  use  the  ideal-gas  equation,  consistent  with 
the  units  of  arm  for  pressure.  Use  of  the  value  R  N.314  J/mol-K,  consistent 
with  the  units  of  Pa  for  pressure,  is  also  very  common. 

Suppose  we  have  1.000  mol  of  an  ideal  gas  at  1.000  atm  and  0.00  C 

(273.15  K).  According  to  the  ideal-gas  equation,  the  volume  of  the  gas  is 

nRT     (1.000  mol)(0.08206  L-atm/mol-K)(273. 1 5  K) V 
.000  atm 

22.41  L 

The  conditions  0  C  and  1  atm  are  referred  to  as  the  standard  temperature  and 
pressure  (STP).  Many  properties  ot  gases  are  tabulated  tor  these  conditions. 
The  volume  occupied  by  one  mole  of  ideal  gas  at  S  I  P,  22.41  L,  is  known  as  the 
molar  volume  of  an  ideal  gas  at  STP. 

9 GIVE  IT  SOME  THOI 

How  many  molecules  are  in  22.41  L  of  an  ideal  gas  at  STP? 

The  ideal-gas  equation  accounts  adequately  tor  the  properties  of  most 
gases  under  a  wide  variety  of  circumstances.  It  is  not  exactly  correct,  however, 

for  any  real  gas.  Thus,  the  measured  volume,  V,  for  given  conditions  of  /',  ;/, 
and  7,  might  differ  from  the  volume  calculated  from  PV  nRT.  To  illustrate, 

the  measured  molar  volumes  of  real  gases  at  SI  P  are  compared  with  the  calcu- 

lated volume  of  an  ideal  gas  in  Figure  10.13  T.  While  these  real  gases  don't 
match  the  ideal  gas  behav  ior  exactly,  the  differences  are  so  small  that  we  can  ig- 

nore them  for  all  but  the  most  accurate  work.  We'll  have  more  to  say  about  the 
differences  between  ideal  and  real  gases  in  Section  10.9. 

30 

20 

3  10 

22.4  II. 
.Oh 

22.311 .401 .401 22.411,  22.421 

TABLE  10.2   Numerical  Values  of 
the  Gas  Constant,  R,  in  Various  Units 

Numerical 
Units Value 

1  -atm  mol-K 
0.08206 

I  mol-K" 

8.314 

i  al  mol-K 1  »S7 

in  -Pa  mol-K" 

8.314 

L-torr/  mol-K 
62.36 

■4  Figure  10.13   Comparison  of  molar 
volumes  at  STP.  One  mole  of  an  id 

occupies  a  volume  of  22  41  L.  One  mo 
various  real  gases  at  STP  occupies  do 
ideal  volume 

0'  :  1  
Ideal  gas     Cl2        C02       NH3        N2  He  H2 
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IB  SAMPLE  EXERCISE  10.4  |  Using  the  Ideal-Gas  Equation 

Calcium  carbonate,  CaCO-j(s),  decomposes  upon  heating  to  give  CaO(s)  and  C02(x)-  A  sample  of  CaCO^  is  decomposed,  and  the 
carbon  dioxide  is  collected  in  a  250-mL  flask.  After  the  decomposition  is  complete,  the  gas  has  a  pressure  of  1 .3  atm  at  a  tempera- 

ture of  31°C.  How  many  moles  of  C02  gas  were  generated? 
Solution 

Analyze:  We  are  given  the  volume  (250  mL),  pressure  ( 1 .3  atm),  and  temperature  (31°C)  of  a  sample  of  C02  gas  and  asked  to  cal- 
culate the  number  of  moles  of  C02  in  the  sample. 

Plan:  Because  we  are  given  V ,  P,  and  T,  we  can  solve  the  ideal-gas  equation  for  the  unknown  quantity,  n. 

Solve:  In  analyzing  and  solving  gas- 
law  problems,  it  is  helpful  to  tabulate 
the  information  given  in  the  prob- 

lems and  then  to  convert  the  values  to  y  _  m^  _  q  250  L units  that  are  consistent  with  those 

for  R  (0.0821  L-atm/mol-K).  In  this  p  =  1-3  atm 
case  the  given  values  are  T  =  31°C  =  (31  +  273)  K  =  304  K 

Remember:  Absolute  temperature 
must  always  be  used  when  the  ideal-gas 
equation  is  solved. 

We  now  rearrange  the  ideal-gas  equa- 
PV 

tion  (Equation  10.5)  to  sok  e  for  n.  RT 
(1.3atm)(0.250  L) 

(0.0821  L-atm/mol-K)(304  K) 
0.013  mol  CCH 

Check:  Appropriate  units  cancel,  thus  ensuring  that  we  have  properly  rearranged  the  ideal-gas  equation  and  have  converted  to 
the  correct  units. 

■i  PRACTICE  EXERCISE 

Tennis  balls  are  usually  filled  with  air  or  N2  gas  to  a  pressure  above  atmospheric  pressure  to  increase  their  "bounce."  If  a  particu- 
lar tennis  ball  has  a  volume  of  144  cm-  and  contains  0.33  g  of  N2  gas,  what  is  the  pressure  inside  the  ball  at  24°C? Answer:  2.0  atm 

Relating  the  Ideal-Gas  Equation  and  the  Gas  Laws 

The  simple  gas  laws  that  we  discussed  in  Section  10.3,  such  as  Boyle's  law,  are 
special  cases  of  the  ideal-gas  equation.  For  example,  when  the  quantity  of  gas 
and  the  temperature  are  held  constant,  //  and  T  have  fixed  values.  Therefore, 
the  product  11  RT  is  the  product  of  three  constants  and  must  itself  be  a  constant. 

PV  =  nRT  =  constant    or    PV  =  constant  [10.6] 

Thus,  we  have  Boyle's  law.  We  see  that  if ;/  and  T  are  constant,  the  individual 
values  of  P  and  V  can  change,  but  the  product  PV  must  remain  constant. 

We  can  use  Boyle's  law  to  determine  how  the  volume  of  a  gas  changes 
when  its  pressure  changes.  For  example,  if  a  metal  cylinder  holds  50.0  L  of 

GS  gas  at  KS.5  atm  and  21°C,  what  volume  will  the  gas  occupy  if  the  tem- 
perature is  maintained  at  21°C  while  the  pressure  is  reduced  to  1.00  atm? 

Because  the  product  PV  is  a  constant  when  a  gas  is  held  at  constant  n  and 
T,  we  know  that 

PXVX  =  P2V2  [10.7] 

where  P]  and  V\  are  initial  values  and  P2  and  V2  are  final  values.  Dividing  both 
sides  of  this  equation  bv  l\  gives  the  final  volume,  V2. 

V2  =  V,xf 
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Calculations  Involving  Many  Variables 

In  chemistry  and  throughout  your  studies  of  science  and 
math,  you  may  encounter  problems  that  involve  several  ex- 

perimentally measured  variables  as  well  as  several  different 
physical  constants.  In  this  chapter  we  encounter  a  variety  of 
problems  based  on  the  ideal-gas  equation,  whit  h  consists  of  tour 
experimental  quantities — P,  V,  n,  and  T — and  one  constant,  R. 
Depending  on  the  type  of  problem,  we  might  need  to  solve  for 
any  of  the  four  quantities. 

To  avoid  any  difficulty  extracting  the  necessary  informa- 
tion from  problems  when  many  variables  are  involved,  we 

suggest  you  take  the  following  steps  as  you  analyze,  plan,  and 
solve  such  problems: 

1.  Tabulate  information.  Read  the  problems  carefully  to  de- 
termine which  quantity  is  the  unknown  anil  which  quantities 

are  given.  Every  time  you  encounter  a  numerical  value,  jot  it 
down.  In  many  cases,  constructing  a  table  of  the  given  infor- 

mation will  be  useful. 

2.  Convert  to  consistent  unit*.  As  you  have  already  seen, 

we  can  use  several  different  units  to  express  the  same  quanti- 
ty. Make  certain  that  quantities  are  converted  to  the  proper 

units  by  using  the  correct  conversion  (actors.  In  using  the 

ideal-gas  equation,  for  example,  we  usually  use  the  value  of  /\ 
that  has  units  of  L-atm/mol-K.  If  you  are  given  a  pressure  in 
torr,  you  will  need  to  convert  it  to  atmospheres. 

3.  If  a  single  equation  relates  the  variables,  rearrange  the  equa- 
tion to  solve  for  the  unknown.  Make  certain  that  you  are  comfort- 

able using  algebra  to  solve  the  equation  for  the  desired 

variable.  In  the  case  of  the  ideal-gas  equation  the  following  al- 
gebraic rearrangements  will  all  be  used  at  one  time  or  another: 

„     nRT  nRT  PV  PV 
P  =        :    V  =     — :    n  =  — ;    T  =  — V  P  RT  nR 

4.  Use  dimensional  analysis.  Carry  the  units  through  your 
calculation.  Use  of  dimensional  analysis  enables  you  to  check 
that  you  have  solved  the  equation  correctly.  It  the  units  of  the 
quantities  in  the  equation  cancel  properly  to  give  the  units  of 
the  desired  variable,  you  have  probably  used  the  equation correctly. 

Sometimes  you  will  not  be  given  values  for  the  necessary 
variables  directly.  Rather,  you  will  be  given  the  values  of  other 
quantities  that  can  be  used  to  determine  the  needed  variables. 

For  example,  suppose  you  are  trying  to  use  the  ideal-gas  equa- 
tion to  calculate  the  pressure  of  a  gas.  You  are  given  the  tem- 

perature of  the  gas,  but  you  are  not  given  explicit  values  for  // 

and  V.  However,  the  problem  states  that  "the  sample  of  gas 
contains  0.15  mol  of  gas  per  liter."  We  can  turn  this  statement 
into  the  expression 

~  =  0. 1  5  mol  I 

Solving  the  ideal-gas  equation  for  pressure  yields 

Thus,  we  can  solve  the  equation  even  though  we  art'  not  given 
specific  values  for  n  and  V.  We  will  examine  how  to  use  the 
density  and  molar  mass  ot  a  gas  in  this  fashion  in  Section  10.5. 

As  we  have  continuously  stressed,  the  most  important 
thing  you  can  do  to  become  proficient  at  solving  problems  is 
to  practice  by  using  practice  exercises  and  assigned  exercises 
at  the  end  of  each  chapter.  By  using  systematic  procedures, 
suih  as  those  described  here,  you  should  be  able  to  minimize 

difficulties  in  solving  problems  involving  many  variables. 

Substituting  the  given  quantities  into  this  equation  gives 

/  IS. 5  atm  \ 
VS  =  (50.0  L)  =  925  L V  1.00  atm  / 

The  answer  is  reasonable  because  gases  expand  as  their  pressures  are  decreased. 

In  a  similar  way  we  can  start  with  the  ideal-gas  equation  and  derive  rela- 

tionships between  any  other  two  v  ariables,  V  and  T  (Charles's  law),  //  and  V 
(Avogadro's  law),  or  /'  and  T.  Sample  Exercise  10.5  illustrates  how  these  rela- 

tionships can  be  derived  and  used. 

WM  SAMPLE  EXERCISE  10.5  |  Calculating  the  Effect  of  Temperature  Changes  on  Pressure 

The  gas  pressure  in  an  aerosol  can  is  1.5  atm  at  25°C.  Assuming  that  the  gas  inside  obeys  the  ideal-gas  equation,  v\  I 
pressure  be  if  the  can  were  heated  to  450'  C? 
Solution 

Analyze:  We  are  given  the  initial  pressure  (1.5  atm)  and  temperature  (25°C)  of  the  gas  and  asked  for  the  press ur 
perature  (450°C). 
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Plan:  The  volume  and  number  of 
moles  of  gas  do  not  change,  so  we 
must  use  a  relationship  connecting 
pressure  and  temperature.  Convert- 

ing temperature  to  the  Kelvin  scale 
and  tabulating  the  given  informa- 

tion, we  have 

Solve:  In  order  to  determine  how  P 
and  T  are  related,  we  start  with  the 

ideal-gas  equation  and  isolate  the 
quantities  that  don't  change  (//,  V, and  R)  on  one  side  and  the  variables 
(P  and  T)  on  the  other  side. 

Because  the  quotient  P/T  is  a  con- 
stant, we  can  write 

(where  the  subscripts  1  and  2  repre- 
sent the  initial  and  final  states,  re- 

spectively). Rearranging  to  solve  for 
P2  and  substituting  the  given  data 

gives 

P T 

Initial 1 .5  a  tin 
298  K 

Final 

P2 

723  K 

P  nR 

T 

Pi 

p2 

p, 

=  constant 

P,  x 1.5  arm 
723  K 

298  K 3.6  atm 

Check:  This  answer  is  intuitively  reasonable — increasing  the  temperature  of  a  gas  increases  its  pressure. 
Comment:  It  is  evident  from  this  example  why  aerosol  cans  carrv  a  warning  not  to  incinerate. 

■i  PRACTICE  EXERCISE 

A  large  natural-gas  storage  tank  is  arranged  so  that  the  pressure  is  maintained  at  2.20  atm.  On  a  cold  day  in  December  when  the 
temperature  is  -15°C  (4°F),  the  volume  of  gas  in  the  tank  is  28,500  ft  .  What  is  the  volume  of  the  same  quantity  of  gas  on  a  warm 
July  day  when  the  temperature  is  31  °C  (88°F)? 
Answer:  33,600  ft3 

We  are  often  faced  with  the  situation  in  which  P,  V,  and  T  all  change  for  a 
fixed  number  of  moles  of  gas.  Because  /;  is  constant  under  these  circumstances, 

the  ideal-gas  equation  gives 

PV 

T 
ii  R  =  constant 

If  we  represent  the  initial  and  final  conditions  of  pressure,  temperature,  and 
volume  by  subscripts  1  and  2,  respectively,  we  can  write 

P|V,  P2V2 
[10.8] 

WM  SAMPLE  EXERCISE  10.6  |  Calculating  the  Effect  of  Changing  P  and  T  on  the 
Volume  of  a  Gas 

An  inflated  balloon  has  a  volume  of  6.0  L  at  sea  level  (1.0  atm)  and  is  allowed  to  as- 
cend in  altitude  until  the  pressure  is  0.45  atm.  During  ascent  the  temperature  of  the 

gas  falls  from  22°C  to  —  21  °C.  Calculate  the  volume  of  the  balloon  at  its  final  altitude. 
Solution 
Analyze:  We  need  to  determine  a  new  volume  for  a  gas  sample  in  a  situation  where 
both  pressure  and  temperature  change. 

Plan:  Let's  again  proceed  by  converting  temperature  to  the  Kelvin  scale  and  tabulat- 
ing the  given  information. 

P  V  T 

Initial  1.0  atm  6.0  L  295  K 
Final        0.45  atm       V2  252  K 



Further  Applications  of  the  Ideal-Gas  I  quation 

Because  /;  is  constant,  we  can  use  Equation  10. 8. 
Solve:  Rearranging  Equation  10.8  to  soh  e  for  V?  gives 

l\      T2  I  l.Oatm  W  232  K  \ 
y,  =  v,  x  —  X  —  =  6.0  L)      =  III 

1     P2     T,  V  0.45  atm  A  295  K/ 

Check:  The  result  appears  reasonable.  Notice  that  the  calculation  involves  multiply- 
ing the  initial  volume  bv  a  ratio  of  pressures  and  a  ratio  of  temperatures.  Intuitively, 

we  expect  that  decreasing  pressure  will  cause  the  volume  to  increase.  Similarly,  de- 
creasing temperature  should  cause  the  volume  to  decrease.  Note  that  the  difference 

in  pressures  is  more  dramatic  than  the  difference  in  temperatures.  Thus,  we  should 
expect  the  effect  of  the  pressure  change  to  predominate  in  determining  the  final  vol- 

ume, as  it  does. 

MM  PRACTICE  EXERCISE 

A  0.50-mol  sample  of  oxygen  gas  is  confined  at  0  C  in  a  cylinder  with  a  movable  pis- 
ton, such  as  that  shown  in  Figure  10.12.  The  gas  has  an  initial  pressure  of  1 .0  atm.  The 

gas  is  then  compressed  by  the  piston  so  that  its  final  volume  is  half  the  initial  volume. 
The  final  pressure  of  the  gas  is  2.2  atm.  What  is  the  final  temperature  of  the  gas  in  de- 

grees Celsius? 
Answer:  27  C 

10.5  |  Further  Applications  of  the  Ideal-Gas  Equation 

The  ideal-gas  equation  can  be  used  to  determine  many  relationships  involving 
the  physical  properties  of  gases.  In  this  section  we  use  it  lust  to  define  the  rela- 

tionship between  the  density  of  a  gas  and  its  molar  mass,  and  then  to  calculate 
the  volumes  of  gases  formed  or  consumed  in  chemical  reactions. 

Gas  Densities  and  Molar  Mass 

The  ideal-gas  equation  allows  us  to  calculate-  gas  density  from  the  molar  mass, 
pressure,  and  temperature  of  the  gas.  Recall  that  density  has  the  units  ot  mass 

per  unit  volume  (d  =  m/V)  i  1 .4).  We  can  arrange  the  gas  equation 
to  obtain  similar  units,  moles  per  unit  volume,  n/V:  j  activity 

Density  of  Gases 
"  _  P 
V  ~  RT 

If  we  multiply  both  sides  of  this  equation  by  the  molar  mass, .  II,  which  is  the  num- 
ber of  grams  in  one  mole  of  a  substance,  we  obtain  the  following  relationship: 

n.M  PM 
10.9 

V  RT  11 

The  product  of  the  quantities  n/V  and  M  equals  the  density  in  g/L,  as  seen  from 
their  units: 

Moles      grams  _  grams 
Liter        mole  liter 

Thus,  the  density,  d,  of  the  gas  is  given  by  the  expression  on  the  right  in  Equa- 
tion 10.9: 

PM 

From  Equation  10.10  we  see  that  the  density  of  a  gas  depends  on  its  pies 
sure,  molar  mass,  and  temperature.  The  higher  the  molar  mass  and  pressure, 

the  more  dense  the  gas;  the  higher  the  temperature,  the  less  dense  the  gas.  Al- 
though gases  form  homogeneous  mixtures  regardless  of  their  identities,  a  less 
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▲  Figure  10.14  A  C02  fire  extinguisher. 
The  C02  gas  from  a  fire  extinguisher  is  denser 
than  air.  The  C02  cools  significantly  as  it  emerges 
from  the  tank.  Water  vapor  in  the  air  is 
condensed  by  the  cool  C02  gas  and  forms  a  white 
fog  accompanying  the  colorless  C02. 

dense  gas  will  lie  above  a  more  dense  one  in  the  absence  of  mixing.  For  exam- 
ple, CGs  has  a  higher  molar  mass  than  N2  or  Cs  and  is  therefore  more  dense 

than  air.  When  COs  is  released  from  a  CCs  fire  extinguisher,  as  shown  in 

Figure  10. 14  <,  it  blankets  a  fire,  preventing  OS  from  reaching  the  com- 
bustible material.  The  fact  that  a  hotter  gas  is  less  dense  than  a  cooler  one  ex- 

plains why  hot  air  rises.  The  difference  between  the  densities  of  hot  and  cold 

air  is  responsible  for  the  lift  of  hot-air  balloons.  It  is  also  responsible  for  many 
phenomena  in  weather,  such  as  the  formation  of  large  thunderhead  clouds 
during  thunderstorms. 

9 GIVE  IT  SOME  THOUGHT 

Is  water  vapor  more  or  less  dense  than  N2  under  the  same  conditions  of  tempera- 
ture and  pressure? 

■■  SAMPLE  EXERCISE  10.7  |  Calculating  Gas  Density 

What  is  the  density  of  carbon  tetrachloride  vapor  at  714  torr  and  125°C? 
Solution 

Analyze:  We  are  asked  to  calculate  the  density  of  a  gas  given  its  name,  its  pressure, 
and  its  temperature.  From  the  name  we  can  write  the  chemical  formula  of  the  sub- 

stance and  determine  its  molar  mass. 
Plan:  We  can  use  Equation  10.10  to  calculate  the  density  Before  we  can  use  that 
equation,  however,  we  need  to  convert  the  given  quantities  to  the  appropriate  units. 
We  must  convert  temperature  to  the  Kelvin  scale  and  pressure  to  atmospheres.  The 
molar  mass  of  CC14  is  12.0  +  (4)(35.5)  =  154.0  g/mol. 
Solve:  Using  Equation  10.10,  we  have 

d 
(714  torr)(l  atm/760  torr)(154.0  g/mol) 

(0.0821  L-atm/mol-K)(398  K) 

=  4-43  g  L 

Check:  If  we  divide  the  molar  mass  (g/mol)  by  the  density  (g/F),  we  end  up  with 
L/mol.  The  numerical  value  is  roughly  154/4.4  =  35.  That  is  in  the  right  ballpark  for 
the  molar  volume  of  a  gas  heated  to  125CC  at  near  atmospheric  pressure,  so  our  an- swer is  reasonable. 

mt  PRACTICE  EXERCISE 

The  mean  molar  mass  of  the  atmosphere  at  the  surface  of  Titan,  Saturn's  largest 
moon,  is  28.6  g/mol.  The  surface  temperature  is  95  K,  and  the  pressure  is  1.6  atm.  As- 

suming ideal  behavior,  calculate  the  density  of  Titan's  atmosphere. Ansiver:  5.9  g/F 

Equation  10.10  can  be  rearranged  to  solve  for  the  molar  mass  of  a  gas: 

M  =  d-f  [10.H] 

Thus,  we  can  use  the  experimentally  measured  density  of  a  gas  to  determine 
the  molar  mass  of  the  gas  molecules,  as  shown  in  Sample  Exercise  10.8. 

H  SAMPLE  EXERCISE  10.8  |  Calculating  the  Molar  Mass  of  a  Gas 

A  series  of  measurements  are  made  in  order  to  determine  the  molar  mass  of  an  unknown  gas.  First,  a  large  flask  is  evacuated  and 

found  to  weigh  1 34. ^(->7  g.  It  is  then  filled  with  the  gas  to  a  pressure  of  735  torr  at  31°C  and  reweighed;  its  mass  is  now  137.456  g. 
f  inally,  the  flask  is  filled  with  water  at  31°C  and  found  to  weigh  1067.9  g.  (The  density  of  the  water  at  this  temperature  is 
0.997  g/mL.)  Assuming  that  the  ideal-gas  equation  applies,  calculate  the  molar  mass  of  the  unknown  gas. 
Solution 

Analyze:  We  are  given  the  temperature  (31  C)  and  pressure  (735  torr)  for  a  gas,. together  with  information  to  determine  its  vol- 
ume and  mass,  and  we  are  asked  to  calculate  its  molar  mass. 

Plan:  We  need  to  use  the  mass  information  giv  en  to  calculate  the  volume  of  the  container  and  the  mass  of  the  gas  within  it.  From 
this  we  <  alculate  the  k<>s  density  and  then  apply  Equation  10.11  to  calculate  the  molar  mass  of  the  gas. 
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Solve:  The  mass  of  the  gas  is  the  dil 
ference  between  the  mass  of  the  flask 
filled  with  gas  and  that  of  the  empty 
(evacuated)  flask: 

The  volume  of  the  gas  equals  the 
volume  of  water  that  the  tlask  can 
hold.  The  volume  ot  water  is  calcu- 

lated from  its  mass  and  density.  The 
mass  of  the  water  is  the  difference 
between  the  masses  of  the  lull  and 

empty  flask: 

By  rearranging  the  equation  for  den- 
sity (d  =  ni/V),  we  have 

Knowing  the  mass  of  the  gas 
(2.889  g)  and  its  volume  (936  ml  ),  we 
can  calculate  the  density  of  the  gas: 

After  converting  pressure  to  atmos- 
pheres and  temperature  to  kelvins, 

we  can  use  Equation  10.11  to  calcu- 
late the  molar  mass: 

137.456  g  -  134.567 
.889  e 

1067.9  g  -  1 34.567  g  =  933.3  g 

m        (933.3  g) V  =  -  =  936  m L d      (0.997  g/mL) 

2.889  g  0.936  L  =  3.09  g/L 

dRJ 

II 
P 

(3.09  g/L)(0.0821  L-atm/mol-K)(304  K) 
(735/760) atm 

79.7  g/mol 

Check:  The  units  work  out  appropriately,  and  the  value  of  molar  mass  obtained  is  reasonable  tor  a  substance  that  is  gaseous  near 
room  temperature. 

■i  PRACTICE  EXERCISE 

Calculate  the  av  erage  molar  mass  of  drv  air  if  >t  has  a  densitv  of  1.17  g  L  at  21  C  and  740.0  torr. 
Aiisivcr:  29.0  g/mol 

Volumes  of  Gases  in  Chemical  Reactions 

Understanding  the  properties  of  gases  is  important  because  gases  are  often  re- 
actants  or  products  in  chemical  reactions.  For  this  reason  we  are  often  faced 
with  calculating  the  volumes  of  gases  consumed  or  produced  in  reactions.  We 

have  seen  that  the  coefficients  in  balanced  chemical  equations  tell  us  the  rela- 
tive amounts  (in  moles)  of  reactants  and  products  in  a  reaction.  The  number  of  animation 

moles  of  a  gas,  in  turn,  is  related  to  P,  V,  and  T.  Xl  Air  Ba8s 

■B  SAMPLE  EXERCISE  10.9  |  Relating  the  Volume  of  a  Gas  to  the  Amount  of  Another  Substance  in  a  Reaction 

The  safety  air  bags  in  automobiles  are  inflated  by  nitrogen  gas  generated  by  the  rapid  decomposition  of  sodium  azide,  NaN-?: 
2  NaN3(s)   ►  2  Na(s)  +  3  N2(g) 

If  an  air  bag  has  a  volume  of  36  L  and  is  to  be  filled  with  nitrogen  gas  at  a  pressure  of  1.15  atm  at  a  temperature  of  26.0  C  ,  how 
many  grams  of  NaN^  must  be  decomposed? 
Solution 

Analyze:  This  is  a  multistep  problem.  We  are  given  the  volume,  pressure,  and  temperature  of  the  N2  gas  and  the  i  hemical  equa 
tion  for  the  reaction  by  which  the  N2  is  generated.  We  must  use  this  information  to  calculate  the  number  of  grams  of  NaN  m 
ed  to  obtain  the  necessary  N2. 

Plan:  We  need  to  use  the  gas  data 
(P,  V,  and  T)  and  the  ideal-gas  equa- 

tion to  calculate  the  number  of  moles 
of  N2  gas  that  should  be  formed  for 
the  air  bag  to  operate  correctly.  We 
can  then  use  the  balanced  equation 
to  determine  the  number  ot  moles  of 

NaN3.  Finally,  we  can  convert  the  Gas  data 
moles  of  NaN-,  to  grams. 

mol  N^ 
mol  NaN-i 
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Solve:  The  number  of  moles  of  rxU 

is  determined  using  the  ideal-gas 
equation: 

From  here  we  use  the  coefficients  in 
the  balanced  equation  to  calculate  the 
number  of  moles  of  NaNV 

Finally,  using  the  molar  mass  of 
NaN},  we  conv  ert  moles  of  NaN^  to 

grams: 

PV 
(1.15atm)(36L) 

RT      (0.0821  L-atm/mol-K)(2W  K) 
1.7  mol  Nn 

,  2  mol  NaN-j ;i.7mol  N->)  —  — —  I  =  1.1  mol  NaN, 

3  mol  N-> 
65.0eNaN3 

(1.1  mol  NaN3)(  t      ,Kt„,   )  =  72  g  NaN^ 1  mol  NaN-, 

Check:  The  best  way  to  check  our  approach  is  to  make  sure  the  units  cancel  properly  at  each  step  in  the  calculation,  leaving  us 
with  the  correct  units  in  the  answer,  g  NaNv 

■i  PRACTICE  EXERCISE 

In  the  first  step  in  the  industrial  process  for  making  nitric  acid,  ammonia  reacts  with  oxygen  in  the  presence  of  a  suitable  catalyst 
to  form  nitric  oxide  and  water  vapor: 

4  NH3(g)  +  5  Oz(g)   ►  4  NO(x)  +  6  H20(g) 

How  many  liters  of  NH^f^)  at  850°C  and  5.00  atm  are  required  to  react  with  1.00  mol  of  O^ig)  in  this  reaction? Answer:  14.8  L 

CHEMISTRY  AT  WORK  |  Gas  Pipelines 

Most  people  are  quite  unaware  of  the  vast  network  of  un- 
derground pipelines  that  undergirds  the  developed 

world.  Pipelines  are  used  to  move  massive  quantities  of  liq- 
uids and  gases  oxer  considerable  distances.  For  example, 

pipelines  move  natural  gas  (methane)  from  huge  natural-gas 
fields  in  Siberia  to  Western  Europe.  Natural  gas  from  Algeria 
is  moved  to  Italy  through  a  pipeline  120  cm  in  diameter  and 
2500  km  in  length  that  stretches  across  the  Mediterranean  Sea 

at  depths  up  to  600  m.  In  the  United  States  the  pipeline  sys- 
tems consist  of  trunk  lines,  large-diameter  pipes  for  long- 

distance transport,  with  branch  lines  of  lower  diameter  and 
lower  pressure  for  local  transport  to  and  from  the  trunk  lines. 

Essentially  all  substances  that  are  gases  at  STP  are  trans- 
ported commercially  by  pipeline,  including  ammonia,  carbon 

dioxide,  carbon  monoxide,  chlorine,  ethane,  helium,  hydro- 
gen, and  methane.  The  largest  volume  transport  by  far, 

though,  is  natural  gas.  (Figure  10.15  ►)  The  methane-rich  gas 
from  oil  and  gas  wells  is  processed  to  remove  particulates, 

water,  and  various  gaseous  impurities  such  as  hydrogen  sul- 
fide and  carbon  dioxide.  The  gas  is  then  compressed  to  pres- 

sures ranging  from  3.5  MPa  (35  atm)  to  10  MPa  (100  atm), 

depending  on  the  age  and  diameter  of  the  pipe.  The  long- 
distance pipelines  are  about  40  cm  in  diameter  and  made  of 

steel.  Pressure  is  maintained  bv  large  compressor  stations 

along  the  pipeline,  spaced  at  50-  to  100-mile  intervals. 
Recall  from  Figure  5.24  that  natural  gas  is  a  major  source 

of  energy  for  the  United  States.  To  meet  this  demand,  methane 
must  be  transported  horn  source  wells  throughout  the  United 

States  and  Canada  to  all  parts  of  the  nation.  The  total  length  of 

pipeline  for  natural-gas  transport  in  the  United  States  is  about 
6  x  10^  km,  and  growing.  The  United  States  is  divided  into 
seven  regions  exceeds  2.7  x  10  L  (measured  at  STP),  which 
is  almost  100  billion  cubic  feet  per  day!  The  volume  of  the 

pipelines  themselves  would  be  entirely  inadequate  for  manag- 
ing the  enormous  quantities  of  natural  gas  that  are  placed  into 

and  taken  out  of  the  system  on  a  continuing  basis.  For  this  rea- 
son, underground  storage  facilities,  such  as  salt  caverns  and 

other  natural  formations,  are  employed  to  hold  large  quanti- 
ties of  gas. 

Related  Exercise:  10.108 

▲  Figure  10.15  A  natural  gas  pipeline  junction. 
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10.6  |  Gas  Mixtures  and  Partial  Pressures   0  Da|ton.s Law of Par1ia, Pressure 

Thus  far  we  have  considered  only  the  behavior  of  pure  gases — those  that  con- 
sist of  only  one  substance  in  the  gaseous  state.  1  low  do  we  deal  with  gases  com- 

posed of  a  mixture  of  two  or  more  different  substances?  While  studying  the 
properties  of  air,  John  Da  I  ton  (Section  2.1)  observed  that  the  total  pressure  of  a 
mixture  of  gases  equals  the  sum  of  the  pressures  Hut  each  would  exert  if  it  were  present 
alone.  The  pressure  exerted  by  a  particular  component  of  a  mixture  of  gases  is 

called  the  partial  pressure  of  that  gas,  and  Dalton's  observation  is  know  n  as 
Dalton's  law  of  partial  pressures 

Q    GIVE  IT  SOME  THOUGHT 

How  is  the  pressure  exerted  by  N2  gas  affected  when  some  02  is  introduced  into  a 
container  if  the  temperature  and  volume  remain  constant? 

If  we  let  I)  be  the  total  pressure  of  a  mixture  ot  gases  and  P] ,  /V  l\,  and  so 

forth  be  the  partial  pressures  of  the  individual  gases,  we  can  write  Dalton's  law as  follows: 

P,  =  l\  +  P2  +  P3  +  ■•■  |10.12] 

This  equation  implies  that  each  gas  in  the  mixture  behaves  independently  of 
the  others,  as  we  can  see  by  the  following  analysis.  Let  ii\ ,  /h,  n3,  and  so  forth 
be  the  number  of  moles  of  each  of  the  gases  in  the  mixture  and  be  the  total 

number  of  moles  of  gas  (»;  —  n\  +      +  h3  f~  •■■)• 
If  each  of  the  gases  obeys  the  ideal-gas  equation,  we  can  write 

/  RT\  I  RT  \  I  RT  \  ,  , 

P,  =  /;,[  y  J;       l>2  ~-  n2[  y  J;       P3  =  ;/,(  -  j;       and  so  forth. 

ACTIVITY 
Partial  Pressures 

All  the  gases  in  the  mixture  are  at  the  same  temperature  and  occupy  the  same 
volume.  Therefore,  by  substituting  into  hquation  10.12,  we  obtain 

RT        I  RT 

P,  =  (w,  +  n2  +  fi3  +  ■•■)-£-=  "\  v 

That  is,  the  total  pressure  at  constant  temperature  and  constant  volume  is  de- 
termined by  the  total  number  of  moles  of  gas  present,  whether  that  total  repre- 

sents just  one  substance  or  a  mixture. 

[10.13] 

■1  SAMPLE  EXERCISE  10.10  |  Applying  Dalton's  Law  of  Partial  Pressures 
A  gaseous  mixture  made  from  6.00  g  02  and  L'.(H)  g  CH4  is  placed  in  a  1 5.0-L  vessel  at  0  C.  What  is  the  partial  pressure  of  each  gas, 
and  what  is  the  total  pressure  in  the  vessel? 

Solution 

Analyze:  We  need  to  calculate'  the  pressure  for  two  different  gases  in  the  same  volume  and  at  the  same  temperature. 
Plan:  Because  each  gas  behaves  independently,  we  can  use  the  ideal-gas  equation  to  calculate  the  pressure  that  em  h  would  c 
if  the  other  were  not  present.  The  total  pressure  is  the  sum  of  these  two  partial  pressures. 

Solve:  We  must  first  convert  the  /  I  mol  Ot  \ 

mass  of  each  gas  to  moles:  "02  =  (6.00  g02) I  ̂  Q      ~  I  =  0.188  mol  02 
/  1  mol  CM 4  \ 

hUI)  =  (9.00  g  CM,)  1  D.WmoKII, \  16.0  g  CM  4  / 
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We  can  now  use  the  ideal-gas  equa-  n0iRT      (0.188  mol)(0.0821  L-atm/rnol-K)(273  K) 
tion  to  calculate  the  partial  pressure  Po2  ~  — y —  — ^  q  ̂   ~  =  0.281  atm of  each  gas: 

"CH4KT      (0.563  mol)(0.0821  L-atm/mol-K)(273  K) 
PCH4  =  —  ~  =  0.841  atm 

According  to  Dalton's  law  (Equa- 
tion 10.12),  the  total  pressure  in  the 

vessel  is  the  sum  of  the  partial 

pressures:  P,  =  PG,  +  Pcha  =  0.281  atm  +  0.841  atm  =  1.122  atm 

Check:  Performing  rough  estimates  is  good  practice,  even  when  you  may  not  feel  that  you  need  to  do  it  to  check  an  answer.  In 
this  case  a  pressure  of  roughly  1  atm  seems  right  for  a  mixture  of  about  0.2  mol  02  (6/32)  and  a  bit  more  than  0.5  mol  CH4  (9/16), 

together  in  a  15-L  volume,  because  one  mole  of  an  ideal  gas  at  1  atm  pressure  and  0°C  occupies  about  22  L. 

Wm  PRACTICE  EXERCISE 

What  is  the  total  pressure  exerted  by  a  mixture  of  2.00  g  of  H2  and  8.00  g  of  N2  at  273  K  in  a  10.0-L  vessel? 
Aiisiver:  2.86  atm 

Partial  Pressures  and  Mole  Fractions 

Because  each  gas  in  a  mixture  behaves  independently,  we  can  relate  the  amount 

of  a  given  gas  in  a  mixture  to  its  partial  pressure.  For  an  ideal  gas,  P  =  nRT/V, 
and  so  we  can  write 

P,      n,RT/V  n, —  =  =  —  10.14 

Pt      ntRT/V  nt 

The  ratio  n-i/nt  is  called  the  mole  fraction  of  gas  1,  which  we  denote  Xj .  The 
mole  fraction,  X,  is  a  dimensionless  number  that  expresses  the  ratio  of  the 
number  of  moles  of  one  component  to  the  total  number  of  moles  in  the  mixture. 
We  can  rearrange  Equation  10.14  to  give 

Pi  =  (?Vf  =  XjP,  [10.13] 

Thus,  the  partial  pressure  of  a  gas  in  a  mixture  is  its  mole  fraction  times  the  total 

pressure. The  mole  fraction  of  Nt  in  air  is  0.78  (that  is,  78"..  of  the  molecules  in  air  are 
N:).  If  the  total  barometric  pressure  is  760  torr,  then  the  partial  pressure  of  N2  is 

PNl  =  (0.78)(760  torr)  =  590  torr 

This  result  makes  intuitive  sense:  Because  Nt  makes  up  78%  of  the  mixture,  it 
contributes  78%  of  the  total  pressure. 

■  SAMPLE  EXERCISE  10.11  |  Relating  Mole  Fractions  and  Partial  Pressures 

A  study  ol  the  effects  of  certain  gases  on  plant  growth  requires  a  synthetic  atmosphere  composed  of  1.5  mol  percent  C02,  18.0  mol 
percent  Oi,  and  SO. 5  mol  percent  Ar.  (a)  Calculate  the  partial  pressure  of  in  the  mixture  if  the  total  pressure  of  the  atmosphere 
is  to  be  745  torr.  (b)  If  this  atmosphere  is  to  be  held  in  a  120-L  space  at  295  K,  how  many  moles  of  02  are  needed? 
Solution 

Analyze:  (a)  We  first  need  to  calculate  the  partial  pressure  of  02  given  its  mole  percentage  and  the  total  pressure  of  the  mixture, 
(b)  We  need  to  calculate  the  number  of  moles  of  Q2  in  the  mixture  given  its  volume  (120  L),  temperature  (745  torr),  and  partial 
pressure  (from  part  (a)). 

Plan:  (a)  We  will  calculate  the  partial  pressures  using  Equation  10.15.  (b)  We  will  then  use  Po,,  V,  and  T  together  with  the  ideal- 
gas  equation  to  calculate  the  number  of  moles  of  02,  ;/q,. 



10.6         Gas  Mixtures  and  Partial  Pressures 

Solve:  (a)  The  mole  percent  is  just 
the  mole  fraction  times  100.  There- 
tore,  the  mole  fraction  of  Cs  is  0.180. 
Using  Equation  10.15,  we  have 

(b)  Tabulating  the  given  variables 
and  changing  them  to  appropriate 
units,  we  have 

Solving  the  ideal-gas  equation  for 
/;( )  ,  we  have 

P0,  =  (0.180)(745  torr)  =  134  torr 

Po2 

V 

«o2 

R 

T  =  295  K 

/   1  atm 
(134  torr)    I  =  0.176  atm V  760  torr 

120  I 
? 

I  -atm 

0.0821  mol-K 

-  Po 

V RT 

(0.176  atm) 120  L 0.872  mol 
(0.0821  L-atm/mol-K)(295  K) 

Check:  The  units  check  out  satisfactorily,  and  the  answer  seems  to  be  the  right  order  of  magnitude. 

Hi  PRACTICE  EXERCISE 

From  data  gathered  by  Voyager  I,  scientists  have  estimated  the  composition  of  the  atmosphere  of  Titan,  Saturn's  largest  moon.  The 
total  pressure  on  the  surface  of  Titan  is  1220  torr.  I  he  atmosphere  consists  of  82  mol  percent        12  mol  percent  Ar,  and  6.0  mol 

percent  CH4.  Calculate  the  partial  pressure  ol  each  of  these  gases  in  Titan's  atmosphere. 
Answer:  1.0  ■  10' torr  N2,  1.3  •  It)2  torr  Ar,  and  73  torr  CHA 

Collecting  Gases  over  Water 

An  experiment  that  is  often  encountered  in  general  chemistry  laboratories  in- 
volves determining  the  number  of  moles  of  gas  collected  from  a  chemical  reaction. 

Sometimes  this  gas  is  collected  over  water.  For  example,  solid  potassium  chlorate, 
KCIO3,  can  be  decomposed  bv  heating  it  in  a  test  tube  in  an  arrangement  such  as 
that  shown  in  Figure  10.16  ▼.  The  balanced  equation  tor  the  reaction  is 

2KC103(s)   ►  2  KCI(s)  r  302C?)  |K).16| 

The  oxvgen  gas  is  collected  in  a  bottle  that  is  initially  filled  with  water  and  in- 
verted in  a  water  pan. 

The  volume  of  gas  collected  is  measured  by  raising  or  lowering  the  bottle 
as  necessary  until  the  water  levels  inside  and  outside  the  bottle  are  the  same. 

When  this  condition  is  met,  the  pressure  inside  the  bottle  is  equal  to  the  atmos- 
pheric pressure  outside.  The  total  pressure  inside  is  the  sum  of  the  pressure  of 

gas  collected  and  the  pressure  of  water  vapor  in  equilibrium  with  liquid  water. 

Ptotal  =  Pgas  +  Ph20  [10.17] 
The  pressure  exerted  bv  water  vapor,  Piu>,  at  various  temperatures  is  listed  in 
Appendix  B. 

Gas  volume  -4  Figure  10.16   Collecting  a  water- 
Gas  collection  measurement  insoluble  gas  over  water,  (a)  A  solid  • 

releasing  a  gas,  which  is  bubbled  through  . 
into  a  collection  bottle,  (b)  When  the  gas  h. 
been  collected,  the  bottle  is  raised  or  lo 
that  the  water  levels  inside  and  outsii 
are  equal.  Ihe  total  pressure  of  th 
the  bottle  is  then  equal  to  the  atn 

pressure 

(a)  (b) 



■i  SAMPLE  EXERCISE  10.12  |  Calculating  the  Amount  of  Gas  Collected  over  Water 

A  sample  of  KGO-,  is  partially  decomposed  (liquation  10.16),  producing  Ot  gas  that 
is  collected  over  water  as  in  Figure  10.16.  The  volume  of  gas  collected  is  0.250  L  at 

26°C  and  765  torr  total  pressure,  (a)  How  many  moles  of  O?  are  collected?  (b)  How 
many  grams  of  KCIOt,  were  decomposed? 
Solution 

(a)  Analyze:  We  need  to  calculate  the  number  of  moles  of  Ot  gas  in  a  container  that 
also  contains  water  vapor. 
Plan:  If  we  tabulate  the  information  presented,  we  will  see  that  values  are  given  for  V 

and  T.  In  order  to  use  the  ideal-gas  equation  to  calculate  the  unknown,  j/0.,,  we  also  must 
know  the  partial  pressure  of  Q2  in  the  system.  We  can  calculate  the  partial  pressure  of 
Ot  from  the  total  pressure  (765  torr)  and  the  vapor  pressure  of  water. 
Solve:  The  partial  pressure  of  the  Ot  gas  is  the  difference  between  the  total  pressure, 
765  torr,  and  the  pressure  of  the  water  vapor  at  26CC,  25  torr  (Appendix  B): 

Po2  =  765  torr  -  25  torr  =  740  torr 
We  can  use  the  ideal-gas  equation  to  calculate  the  number  of  moles  of  Ot: 

P( >2V      (740  torr)(  1  atm/760  torr)(0.250  L) 

=  ~W  =     (0.0821  L-atm/mol-K)(299K)      =  9  92  X  10~  m°'  °^ (b)  Analyze:  We  now  need  to  calculate  the  number  of  moles  of  reactant  KCIO,  de- 
composed. 
Plan:  We  can  use  the  number  of  moles  of  Ot  formed  and  the  balanced  chemical 
equation  to  determine  the  number  of  moles  of  KCIOt  decomposed,  which  we  can 
then  conv  ert  to  grams  of  KOOv 
Solve:  From  Equation  10.16,  we  have  2  mol  KCIOt,  ±=  3  mol  Ot.  The  molar  mass  of 
KCIOt,  is  122.6  g/mol.  Thus,  we  can  convert  the  moles  of  O2  that  we  found  in  part  (a) 
to  moles  of  KCIO3  and  then  to  grams  of  KOOv 

2  mol  KCIO,  V122-6K  KC1° 
(9.92  x  10"-'  mol  O;)  —  — —   =  0.811  g  KCTO, 

3  mol  0;    /  \  1  mol  KCIOt,  ' 

Check:  As  always,  we  make  sure  that  the  units  cancel  appropriately  in  the  calcula- 
tions. In  addition,  the  numbers  of  moles  of  Ot  and  KCIO3  seem  reasonable,  given  the 

small  volume  of  gas  collected. 
Comment:  Many  chemical  compounds  that  react  with  water  and  water  vapor  would  be 

degraded  bv  exposure  to  wet  gas.  Thus,  in  research  laboratories  gases  are  often  dried  by- 
passing wet  gas  over  a  substance  that  absorbs  water  (a  desiccant),  such  as  calcium  sulfate, 

CaS04.  Calcium  sulfate  crystals  are  sold  as  a  desiccant  under  the  trade  name  Drierite™. 

Wm  PRACTICE  EXERCISE 

Ammonium  nitrite,  NH4NO2,  decomposes  upon  heating  to  form  N2  gas: 

NH4NOt(s)   *  N2(g)  +  2  H20(/) 

When  a  sample  of  NH4NOt  is  decomposed  in  a  test  tube,  as  in  Figure  10.16,  511  mL 
of  Nt  gas  is  collected  over  water  at  26  C  and  745  torr  total  pressure.  How  many 
grams  of  NH4NOt  were  decomposed? 
Answer:  1 .26  g 

10.7  I  Kinetic-Molecular  Theory  

The  ideal-gas  equation  describes  how  gases  behave,  but  it  doesn't  explain  why  they 
behave  as  they  do.  Whv  does  a  gas  expand  when  heated  at  constant  pressure?  Or, 

why  does  its  pressure  increase  when  the  gas  is  compressed  at  constant  tempera- 
ture? To  understand  the  physical  properties  of  gases,  we  need  a  model  that  helps  us 

picture  what  happens  to  gas  particles  as  experimental  conditions  such  as  pressure 

or  tempera tu re  change.  Such  a  model,  known  as  the  kinetic-molecular  theory,  was 
developed  over  a  period  of  about  100  years,  culminating  in  1857  when  Rudolf 

Clausius  (1822-1888)  published  a  complete  and  satisfactory  form  of  the  theory. 
The  kinetic-molecular  theory  (the  theory  of  moving  molecules)  is  summa- 

rized by  the  following  statements: 



10.7 Kinetic-Molecular  Theory 

1.  ( Jases  consist  of  large  numbers  of  molecules  that  are  in  continuous,  random 
motion.  (The  word  molecule  is  used  here  to  designate  the  smallest  particle  of 

any  gas;  some  gases,  such  as  the  noble  gases,  consist  of  indiv  idual  atoms.) 
2.  The  combined  volume  of  all  the  molecules  of  the  gas  is  negligible  relative  to 

the  total  volume  in  which  the  gas  is  contained. 

3.  Attractive  and  repulsiv  e  forces  between  gas  molecules  are  negligible. 

4.  Energy  can  be  transferred  between  molecules  during  collisions,  but  the 
average  kinetic  energy  of  the  molecules  does  not  change  with  time,  as  long 

as  the  temperature  of  the  gas  remains  constant.  In  other  words,  the  colli- 
sions are  perfectly  elastic. 

5.  The  av  erage  kinetic  energy  of  the  molecules  is  proportional  to  the  absolute 
temperature.  At  any  given  temperature  the  molecules  of  all  gases  have  the 
same  average  kinetic  energy. 

The  kinetic-molecular  theory  explains  both  pressure  and  temperature  at 
the  molecular  level.  The  pressure  of  a  gas  is  caused  by  collisions  of  the  mole- 

cules with  the  walls  ot  the  container,  as  shown  in  Figure  10.17  ►.  The  magni- 
tude of  the  pressure  is  determined  by  both  how  often  and  how  forcefully  the 

molecules  strike  the  walls. 

The  absolute  temperature  of  a  gas  is  a  measure  ot  the  average  kinetic  energy  of 
its  molecules.  If  two  different  gases  are  at  the  same  temperature,  their  molecules 

have  the  same  average  kinetic  energy  (statement  3  of  the  kinetic-molecular  theory). 
If  the  absolute  temperature  of  a  gas  is  doubled,  the  average  kinetic  energy  of  its 
molecules  doubles.  Thus,  molecular  motion  increases  with  increasing  temperature. 

Although  the  molecules  in  a  sample  of  gas  have  an  average  kinetic  energy  and 
hence  an  average  speed,  the  individual  molecules  move  at  varying  speeds.  The 

moving  molecules  collide  frequently  with  other  molecules.  Momentum  is  con- 
served in  each  collision,  but  one  of  the  colliding  molecules  might  be  deflected  off 

at  high  speed  while  the  other  is  nearly  stopped.  The  result  is  that  the  molecules  at 
any  instant  have  a  wide  range  of  speeds.  Figure  10. 1 S  ►  illustrates  the  distribution 
of  molecular  speeds  for  nitrogen  gas  at  0  C  (blue  line)  and  at  100  C  (red  line).  The 

curve  shows  us  the  fraction  of  molecules  moving  at  each  speed.  At  higher  temper- 
atures, a  larger  fraction  of  molecules  moves  at  greater  speeds;  the  distribution 

curve  has  shifted  to  the  right  toward  higher  speeds  and  hence  toward  higher  av  - 
erage kinetic  energy  The  peak  of  each  curve  represents  the  most  probable  speed 

(the  speed  of  the  largest  number  of  molecules).  Notice  that  the  blue  curve  (0  C) 

has  a  peak  at  about  4  <  10"  m/s,  whereas  the  red  curve  (100  C)  has  a 
peak  at  a  higher  speed,  about  5  «  10  m/s.  c 

Figure  10.18  also  shows  the  value  of  the  root-mean-square  •£ 
(rms)  speed,  (/,  of  the  molecules  at  each  temperature.  This  quantity 
is  the  speed  of  a  molecule  possessing  average  kinetic  energy.  The  rms 

speed  is  not  quite  the  same  as  the  average  (mean)  speed.  The  differ- 

ence between  the  two,  however,  is  small.*  Notice  that  the  rms  speed 
is  higher  at  100  C  than  atO°C. 

The  rms  speed  is  important  because  the  av  erage  kinetic  energy 
of  the  gas  molecules  in  a  sample,  e,  is  related  directly  to  u  : 

e  =  \iuir  1 10.18]  £ 

where  m  is  the  mass  of  the  molecule.  Mass  does  not  change  with 

temperature.  Thus,  the  increase  in  the  average  kinetic  energy  as  the 

▲  Figure  10.17   The  molecular  origin  of 
gas  pressure.  The  pressure  exerted  by  a  gas  is 
caused  by  collisions  of  the  gas  molecules  with  the 
walls  of  their  container. 

ANIMATION 
Kinetic  Energy  of  a  Gas 

ACTIVITY 
Motions  of  a  Gas 

▼  Figure  10.18  The  effect  of  temperature 
on  molecular  speeds.  Distribution  of  molecular 

speeds  for  nitrogen  at  0°C  (blue  line)  and  100°C 
(red  line).  Increasing  temperature  increases  both 
the  most  probable  speed  (curve  maximum)  and 
the  rms  speed,  u,  which  is  indicated  by  the 
vertical  dashed  line. 
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?n  nns  speed  and  average  speed,  suppose  that  we  have  four  objects 
I  12.0 m/s.  rheir  average  speed  is  '(4.0  •  6.0  •  10.0  +  12.0)  = 

*  To  illustrate  the  difference  betwt 
with  speeds  of  4.0,  6.0,  10. 1),  and  12.0m  s.  rheir  average  speed  is  ̂ (4.1 
8.0  m/s.  The  rms  speed,  u,  however,  is  the  square  root  of  the  average  squared  speeds  of  the  molecules: 

\/](4.02  +  b.O2  +  I0.0:  t  I2.0:)      \  74.0     K.h  m/s 

For  an  ideal  gas  the  average  speed  equals  0.921  -  u.  Thus,  the  average  speed  is  directly  propor- 
tional to  the  rms  speed,  and  the  two  are  in  tact  nearl)  equal 
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ACTIVITY 
Gas  Phase  Boltzmann  Distribution 

temperature  increases  implies  that  the  rms  speed  (and  also  the  average  speed)  of 
molecules  likewise  increases  as  temperature  increases. 

9 
GIVE  IT  SOME  THOUGHT 

Consider  three  samples  of  gas:  HCI  at  298  K,  H2-gt  298  K,  and  02  at  350  K.  Compare 
the  average  kinetic  energies  of  the  molecules  in  the  three  samples. 

Application  to  the  Gas  Laws 

The  empirical  observations  of  gas  properties  as  expressed  in  the  various  gas 

laws  are  readily  understood  in  terms  of  the  kinetic-molecular  theory.  The  fol- 
lowing examples  illustrate  this  point: 

1.  Effect  of  n  volume  ini  rente  at  constant  temperature:  A  constant  temperature 
means  that  the  average  kinetic  energy  of  the  gas  molecules  remains 

unchanged.  This  in  turn  means  that  the  rms  speed  of  the  molecules,  //,  is  un- 
changed. II  the  volume  is  increased,  however,  the  molecules  must  move  a 

longer  distance  between  collisions.  Consequently,  there  are  fewer  collisions 
per  unit  time  with  the  container  walls,  and  pressure  decreases.  Thus,  the 

model  accounts  in  a  simple  way  for  Boyle's  law. 
2.  Effect  of  a  temperature  increase  at  constant  volume:  An  increase  in  temperature 

means  an  increase  in  the  average  kinetic  energy  of  the  molecules  and  thus 

an  increase  in  //.  If  there  is  no  change  in  volume,  there  will  be  more  colli- 
sions with  the  walls  per  unit  time.  Furthermore,  the  change  in  momentum 

in  each  collision  increases  (the  molecules  strike  the  walls  more  forcefully). 
Hence,  the  model  explains  the  observed  pressure  increase. 

The  Ideal-Gas  Equation 

eginning  with  the  five  statements  given  in  the  text  for  the 
kinetic-molecular  theory,  it  is  possible  to  derive  the  ideal- 

gas  equation.  Rather  than  proceed  through  a  derivation,  let's 
consider  in  somewhat  qualitative  terms  how  the  ideal-gas 
equation  might  follow.  As  we  have  seen,  pressure  is  force  per 
unit  area.  The  total  force  of  the  molecular 

collisions  on  the  walls  and  hence  the  pressure  produced  by 
these  collisions  depend  both  on  how  strongly  the  molecules 
strike  the  walls  (impulse  imparted  per  collision)  and  on  the 
rate  at  which  these  collisions  occur: 

/'  x  impulse  imparted  per  collision  X  rate  of  collisions 
For  a  molecule  traveling  at  the  rms  speed,  //,  the  impulse 

imparted  by  a  collision  with  a  wall  depends  on  the  momen- 
tum of  the  molecule;  that  is,  it  depends  on  the  product  of  its 

mass  and  speed,  inn.  The  rate  of  collisions  is  proportional  to 
both  the  number  of  molecules  per  unit  volume,  u/V,  and  their 
speed,  //.  II  there  are  more  molecules  in  a  container,  there  will 
be  more  frequent  collisions  with  the  container  walls.  As  the 
molecular  speed  increases  or  the  volume  of  the  container  de- 

creases, the  time  required  for  molecules  to  traverse  the  dis- 
tance from  one  wall  to  another  is  reduced,  and  the  molecules 

collide  mure  frequently  with  the  walls.  Thus,  we  have 

//  mmr 
/'   ■  ma  /      /  a  \  ~ 

.19] 

Because  the  average  kinetic  energy,  \  iiur,  is  proportional 
to  temperature,  we  have  mir  x  7.  Making  this  substitution 

into  Equation  10.19  gives 

n(mu')  nT 

P  oc    -  X   V  V 
[10.20] 

Let's  now  convert  the  proportionality  sign  to  an  equal  sign  by 
expressing  n  as  the  number  of  moles  of  gas;  we  then  insert  a 

proportionality  constant — R,  the  gas  constant: 
uRT 

V [10.21] 

This  expression  is  the  ideal-gas  equation. 
An  eminent  Swiss  mathematician,  Daniel  Bernoulli 

(1700-1782),  conceived  of  a  model  for  gases  that  was,  for  all 
practical  purposes,  the  same  as  the  kinetic  theory  model.  From 

this  model,  Bernoulli  derived  Boyle's  law  and  the  ideal-gas 
equation.  His  was  one  of  the  first  examples  in  science  of  devel- 

oping a  mathematical  model  from  a  set  of  assumptions,  or  hy- 

pothetical statements.  However,  Bernoulli's  work  on  this 
subject  was  completely  ignored,  only  to  be  rediscovered  a 

hundred  years  later  by  Clausius  and  others.  It  was  ignored  be- 
cause it  conflicted  with  popular  beliefs  and  was  in  conflict 

with  Isaac  Newton's  incorrect  model  for  gases.  Those  idols  of 
the  times  had  to  fall  before  the  way  was  clear  for  the  kinetic- 
molecular  theory.  As  this  story  illustrates,  science  is  not  a 

straight  road  running  from  here  to  the  "truth."  The  road  is 
built  by  humans,  so  it  zigs  and  zags. 
Related  Exercises:  10.69,  10.70,  10.71  and  10.72 



10.8         Molecular  Effusion  and  Diffusion 

WM  SAMPLE  EXERCISE  10.13  |  Applying  the  Kinetic-Molecular  Theory 
A  sample  of  Ot  gas  initially  at  STP  is  compressed  to  a  smaller  volume  at  constant 
temperature.  What  effect  does  this  change  have  on  (a)  the  average  kinetic  energy  of 
O2  molecules,  (b)  the  average  speed  of  ();  molecules,  (c)  the  total  number  of  colli- 

sions of  O2  molecules  with  the  container  walls  in  a  unit  time,  (d)  the  number  of 
collisions  of  Ot  molecules  with  a  unit  area  of  container  wall  per  unit  time? 

Solution 

Analyze:  We  need  to  apply  the  concepts  of  the  kinetic-molecular  theory  to  a  situa- 
tion in  which  a  gas  is  compressed  at  constant  temperature. 

Plan:  We  will  determine  how  each  of  the  quantities  in  (a)-(d)  is  affected  by  the 
change  in  volume  at  constant  temperature. 
Solve:  (a)  The  average  kinetic  energy  of  the  molecules  is  determined  only  by  tem- 

perature. Thus  the  average  kinetic  energy  is  unchanged  bv  the  compression  of  Oi  at 

constant  temperature,  (b)  If  the  average  kinetic  energy  of  02  molecules  doesn't 
change,  the  average  speed  remains  constant,  (c)  The  total  number  of  collisions  with 
the  container  walls  per  unit  time  must  increase  because  the  molecules  are  moving 
within  a  smaller  volume  but  with  the  same  average  speed  as  before.  Under  these  con- 

ditions they  must  encounter  a  wall  more  frequently,  (d)  the  number  of  collisions  with 
a  unit  area  of  wall  per  unit  time  increases  because  the  total  number  of  collisions  with  the 
walls  per  unit  time  increases  and  the  area  of  the  walls  decreases. 
Check:  In  a  conceptual  exercise  of  this  kind,  there  is  no  numerical  answer  to  check. 
All  we  can  check  in  such  cases  is  our  reasoning  in  the  course  ot  solving  the  problem. 

Wm  PRACTICE  EXERCISE 

How  is  the  rms  speed  of  Ni  molecules  in  a  gas  sample  changed  by  (a)  an  increase  in 
temperature,  (b)  an  increase  in  volume,  (c)  mixing  with  a  sample  of  Ar  at  the  same 
temperature? 
Answers:  (a)  increases,  (b)  no  effect,  (c)  no  effect 

10.8  I  Molecular  Effusion  and  Diffusion 

According  to  the  kinetic-molecular  theory,  the  average  kinetic  energy  of  any 

collection  of  gas  molecules,  \111112,  has  a  specific  value  at  a  given  temperature. 
Thus,  a  gas  composed  of  light  particles,  such  as  I  le,  will  have  the  same  av  erage 

kinetic  energy  as  one  composed  of  much  heavier  particles,  such  as  Xe,  provid- 
ed the  two  gases  are  at  the  same  temperature.  The  mass,  ///,  of  the  particles  in 

the  lighter  gas  is  smaller  than  that  in  the  heavier  gas.  Consequently,  the  parti- 
cles of  the  lighter  gas  must  have  a  higher  rms  speed,  //,  than  the  particles  of  the 

heavier  one.  The  following  equation,  which  expresses  this  fact  quantitatively, 

can  be  derived  from  kinetic-molecular  theory: 

3RT 
M 

Because  the  molar  mass,  M,  appears  in  the  denominator,  the  less  massive  the 

gas  molecules,  the  higher  the  rms  speed,  //.  Figure  10.19  ▼  shows  the  distribution 

5x10-     10  ■  10-    15  >  10-    20  •  10-    25/  10-  30 
Molecular  speed  (m/s) 

)-  35  x  10- 

ACTIVITY 
Gas  Phase  Boltzmann  Distribution 

4  Figure  10.19  The  effect  of  molecular 
mass  on  molecular  speeds.  The  distribul 
molecular  speeds  for  different  gases  are 

compared  at  25°C.  The  molecules  with  lower 
molecular  masses  have  higher  rms  speeds 
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ot  molecular  speeds  for  several  gases  at  25°C.  Notice  how  the  distributions  are 
shifted  toward  higher  speeds  tor  gases  of  lower  molar  masses. 

H  SAMPLE  EXERCISE  10.14  |  Calculating  a  Root-Mean-Square  Speed 
Calculate  the  rms  speed,  //,  of  an  NN  molecule  at  2^  C 
Solution 

Analyze:  We  are  given  the  identity  of  the  gas  and  the  temperature,  the  two  quantities 
we  need  to  calculate  the  rms  speed. 
Plan:  We  will  calculate  the  rms  speed  using  Equation  10.22. 
Solve:  In  using  Equation  10.22,  we  should  convert  each  quantity  to  SI  units  so  that 
all  the  units  are  compatible.  We  will  also  use  R  in  units  of  J  mol-K  (Table  10.2)  in 
order  to  make  the  units  cancel  correctly. 

T  =  25  +  273  =  298  K 

M  =  28.0g/mol  =  28.0  x  10-3  kg/mol 

R  =  8.314  J/mol-K  =  8.314  kg-nr/s2-mol-K    (These  units  follow  from  the  fact 

that  1  J  =  1  kg-m2/s2) 
3(8.314  kg-m2/s2-mol-K)(298  K) 

28.0  X  10"3  kg/mol 
5.15  X  102m/s 

Comment:  This  corresponds  to  a  speed  of  1 150  mi/hr.  Because  the  average  molecular 
weight  of  air  molecules  is  slightly  greater  than  that  of  N2,  the  rms  speed  of  air  mole- 

cules is  a  little  slower  than  that  for  N2.  The  speed  at  which  sound  propagates  through 
air  is  about  350  m/s,  a  value  about  two-thirds  the  average  rms  speed  for  air  molecules. 

M  PRACTICE  EXERCISE 

What  is  the  rms  speed  of  an  He  atom  at  25°C? 
Answer:  1.36  X  103  m/s 

*•  *  * 
9  • •  a 

•  •  •': 

▲  Figure  10.20  Effusion.  The  top  half  of 
this  cylinder  is  filled  with  a  gas,  and  the  bottom 
halt  is  an  evacuated  space.  Gas  molecules  effuse 
through  a  pinhole  in  the  partitioning  wall  only 
when  they  happen  to  hit  the  hole. 

ACTIVITY 
Gas  Diffusion  and  Effusion 

The  dependence  of  molecular  speeds  on  mass  has  several  interesting  con- 
sequences. The  first  phenomenon  is  effusion,  which  is  the  escape  of  gas  mole- 

cules through  a  tiny  hole  into  an  evacuated  space  as  shown  in  Figure  10.20  4. 
The  second  is  diffusion,  which  is  the  spread  of  one  substance  throughout  a 

space  or  throughout  a  second  substance.  For  example,  the  molecules  of  a  per- 
fume diffuse  throughout  a  room. 

Graham's  Law  of  Effusion 

In  1846  Thomas  Graham  (1805-1869)  discovered  that  the  effusion  rate  of  a  gas 
is  inversely  proportional  to  the  square  root  of  its  molar  mass.  Assume  that  we 

have  two  gases  at  the  same  temperature  and  pressure  in  containers  with  identi- 
cal pinholes.  If  the  rates  of  effusion  of  the  two  substances  are  r\  and  r2  and  their 

respective  molar  masses  are  M\  and  .Mo,  Graham's  law  states 

[10.23] 

Equation  10.23  compares  the  rates  of  effusion  of  two  different  gases  under  iden- 
tical conditions,  and  it  indicates  that  the  lighter  gas  effuses  more  rapidly. 

Figure  10.20  illustrates  the  basis  of  Graham's  law.  The  only  way  for  a  mole- 
cule to  escape  from  its  container  is  for  it  to  "hit"  the  hole  in  the  partitioning 

wall.  The  faster  the  molecules  are  moving,  the  greater  is  the  likelihood  that  a 

molecule  will  hit  the  hole  and  effuse.  This  implies  that  the  rate  of  effusion  is  di- 

rectly proportional  to  the  rms  speed  of  the  molecules.  Because  R  and  T  are  con- 
stant, we  have,  from  Equation  10.22 

3RT/Mi 

3RT/M2 

[10.24] 



10.8         Molecular  Effusion  and  Diffusion 

GRAHAM'S  LAW  OF  EFFUSION 
77/t'  effusion  rate  of  a  gas  is  inversely  proportional  to  the  square  root  of  its  molar  mass. 

Gas  effuses  through  pores  of  a  balloon.  At  identical  pressure  ami  temperature, 
the  lighter  gas  effuses  more  rapidly. 

Two  balloons  are  filled  to  the  same  \  olume,  After  48  hours,  the  helium-filled  balloon  is 
one  with  helium  and  one  with  nitrogen.  smaller  than  the  nitrogen-filled  one  because 

helium  escapes  faster  than  nitrogen. 

.  .  ,        _    ,       ,   ,       ,    ,.  ,  A  Figure  10.21    An  illustration  of 
As  expected  from  Graham  s  law,  helium  escapes  from  containers  through  tiny  Graham's  law 
pinhole  leaks  more  rapidly  than  other  gases  of  higher  molecular  weight 
(Figure  10.21  ▲). 

■  SAMPLE  EXERCISE  10.15  |  Applying  Graham's  Law 
An  unknown  gas  composed  of  homonuclear  diatomic  molecules  effuses  at  a  rate  that  is  only  0.355  times  that  of  ( >  >  at  the  san 
temperature  C  ak  ill  ate  the  im  'la  i  mass  ol  the  unkin  >w  n,  ai  u  I  ulentif\  i! 

Solution 

Analyze:  We  are  given  the  rate  of  effusion  of  an  unknown  gas  relative  to  that  of  Cs,  and  we  are  asked  to  find  the  molar  mas- 
identity  of  the  unknown.  Thus,  we  need  to  connect  relative  rates  of  effusion  to  relative  molar  masses. 

Plan:  We  can  use  Graham's  law  of 
effusion,  Equation  10.23,  to  deter- 

mine the  molar  mass  of  the  unknown 
gas.  If  we  let  rx  and  .11,  represent  the 
rate  of  effusion  and  molar  mass  of 
the  unknown  gas,  Equation  10.23  can 
be  written  as  follows: 



426       Chapter  10     |  Gases 

From  the  information  given,  rx  =  0.355  X  xq 

yx  /32.0  g/mol Thus,  —  =  0.355 

r0z  V 

We  now  solve  for  the  unknown  32.0  g  mol 

molar  mass,  Mx.  ,  =  (0.355)2  =  0.126 

32.0  g,  mol 
Mx  =   ~        =  254  g/mol 

v         0.12b  h' 

Because  we  are  told  that  the  unknown  gas  is  composed  of  homonuclear  diatomic  molecules,  it  must  be  an  element.  The  molar 
mass  must  represent  twice  the  atomic  weight  of  the  atoms  in  the  unknown  gas.  We  conclude  that  the  unknown  gas  is  It. 

WM  PRACTICE  EXERCISE 

Calculate  the  ratio  of  the  effusion  rates  of  N2  and  Ot,  t^Jtq  . 

Answer:     Jtq  =  1.07 

▲  Figure  10.22   Diffusion  of  a  gas 
molecule.  For  clarity,  no  other  gas  molecules 
in  the  container  are  shown.  The  path  of  the 
molecule  of  interest  begins  at  the  dot.  Each  short 
segment  of  line  represents  travel  between 
collisions  The  blue  arrow  indicates  the  net 
distance  traveled  by  the  molecule. 

MOVIE 
Diffusion  of  Bromine  Vapor 

Diffusion  and  Mean  Free  Path 

Diffusion,  like  effusion,  is  faster  for  lower  mass  molecules  than  for  higher  mass 

ones.  In  fact,  the  ratio  of  rates  of  diffusion  of  two  gases  under  identical  experi- 

mental conditions  is  approximated  by  Graham's  law,  Equation  10.23.  Neverthe- 
less, molecular  collisions  make  diffusion  more  complicated  than  effusion. 

We  can  see  from  the  horizontal  scale  in  Figure  10.19  that  the  speeds  of  mol- 
ecules are  quite  high.  For  example,  the  average  speed  of  Nt  at  room  tempera- 

ture is  515  m/s  (1150  mi/hr).  In  spite  of  this  high  speed,  if  someone  opens  a  vial 

of  perfume  at  one  end  of  a  room,  some  time  elapses — perhaps  a  few  minutes — 
before  the  odor  is  detected  at  the  other  end  of  the  room.  The  diffusion  of  gases 

is  much  slower  than  molecular  speeds  because  of  molecular  collisions.*  These 
collisions  occur  quite  frequently  for  a  gas  at  atmospheric  pressure — about  10 
times  per  second  for  each  molecule.  Collisions  occur  because  real  gas  molecules 
have  finite  volumes. 

Because  of  molecular  collisions,  the  direction  of  motion  of  a  gas  molecule  is 

constantly  changing.  Therefore,  the  diffusion  of  a  molecule  from  one  point  to  an- 
other consists  of  many  short,  straight-line  segments  as  collisions  buffet  it  around 

in  random  directions,  as  depicted  in  Figure  10.22  ̂ .  First  the  molecule  moves  in 
one  direction,  then  in  another;  one  instant  at  high  speed,  the  next  at  low  speed. 

The  average  distance  trav  eled  bv  a  molecule  between  collisions  is  called  the 
mean  free  path  of  the  molecule.  The  mean  free  path  varies  with  pressure  as  the 

following  analogy  illustrates.  Imagine  walking  through  a  shopping  mall.  When 

the  mall  is  very  crowded  (high  pressure),  the  average  distance  you  can  walk  be- 
fore bumping  into  someone  is  short  (short  mean  free  path).  When  the  mall  is 

emptv  (low  pressure),  you  can  walk  a  long  way  (long  mean  free  path)  before 
bumping  into  someone.  The  mean  free  path  for  air  molecules  at  sea  level  is 

about  60  nm  (6  x  10  ,s  m).  At  about  100  km  in  altitude,  where  the  air  density  is 
much  lower,  the  mean  free  path  is  about  10  cm,  about  1  million  times  longer 

than  at  Earth's  surface. 

1  The  rate  dt  which  the  perfume  moves  across  the  room  also  depends  on  how  well  stirred  the  air  is 
from  temperature  gradients  and  the  movement  of  people.  Nevertheless,  even  with  the  aid  of  these 
factors,  it  still  takes  much  longer  for  the  molecules  to  traverse  the  room  than  one  would  expect  from 
the  rms  speed  alone. 
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CHEMISTRY  AT  WORK  |  Gas  Separations 

The  fact  that  lighter  molecules  move  at  higher  average 
speeds  than  more  massive  ones  has  many  interesting  con- 

sequences and  applications.  For  example,  the  effort  to  develop 
the  atomic  bomb  during  World  War  II  required  scientists  to 
separate  the  relatively  low-abundance  uranium  isotope  U 
(0.77,,)  from  the  much  more  abundant  2WU  (99.3%).  Ibis  was 
accomplished  by  converting  the  uranium  into  a  volatile  com- 

pound, UFh,  that  was  then  allowed  to  pass  through  porous 
barriers.  Because  of  the  diameters  ot  the  pores,  this  is  not  a 
simple  effusion.  Nevertheless,  the  dependence  on  molar  mass 
is  essentially  the  same.  I  he  slight  difference  in  molar  mass  be- 

tween the  two  hexafluorides,  UFb  and  ~~  UFh,  caused  the 
molecules  to  move  at  slightly  different  rates: 

r?38 

152.04 

\  W  03 

=  1.0043 

Thus,  the  gas  initially  appearing  on  the  opposite  side  of  the 

barrier  was  very  slightly  enriched  in  tin-  lighter  molecule.  I  lie 
diffusion  process  was  repeated  thousands  ot  times,  leading  to 
a  nearly  complete  separation  ot  the  two  isotopes  of  uranium. 
Related  Exercises:  10.77  and  10.78 

9 
GIVE  IT  SOME 

Will  the  following  changes  increase,  decrease,  or  have  no  effect  on  the  mean  free 
path  of  the  gas  molecules  in  a  sample  of  gas?  (a)  Increasing  pressure,  (b)  increasing 
temperature? 

10.9  |  Real  Gases:  Deviations  from  Ideal  Behavior  

Although  the  ideal-gas  equation  is  a  very  useful  description  of  gases,  all  real 
gases  fail  to  obey  the  relationship  to  some  degree.  The  extent  to  which  a  real  gas 

departs  from  ideal  behavior  can  be  seen  by  rearranging  the  ideal-gas  equation 
to  solve  for  //: 

/'I ' 

RT 
lo.: 

For  one  mole  of  ideal  gas  (//  =  1  )  the  quantity  PV/RT  equals  1  at  all  pressures. 

In  Figure  10.23  V  PV/RT  is  plotted  as  a  function  of  /'  for  one  mole  of  several 
different  gases.  At  high  pressures  the  deviation  from  ideal  behavior 

(PV/RT  =  1 )  is  large  and  is  different  for  each  gas.  Rail  gases,  therefore,  do  not  be- 
have ideally  at  high  pressure.  At  lower  pressures  (usually  below  10  atm),  however, 

the  deviation  from  ideal  behavior  is  small,  and  we  can  use  the  ideal-gas  equa- 
tion without  generating  serious  error. 

A  Figure  10.23   The  effect  of  pressure  on 
the  behavior  of  several  gases.  The  ratios  of 
PV  RT  versus  pressure  are  compared  for  one 
mole  of  several  gases  at  300  K  The  data  for  CO,, 
are  at  313  K  because  under  high  pressure  CO, 
liquefies  at  300  K.  The  dashed  horizontal  line 
shows  the  behavior  of  an  ideal  gas 

200         400         600  800 
P  (atm) 
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PV 
RT 

The  deviation  from  ideal  behavior  also  depends  on  tempera- 
ture. Figure  10.24  <  shows  graphs  of  PV/RT  versus  P  for  1  mol  of 

N2  at  three  temperatures.  As  temperature  increases,  the  behavior 

oi  the  gas  more  nearly  approaches  that  of  the  ideal  gas.  In  gener- 
al, the  deviations  from  ideal  behavior  increase  as  temperature  decreases, 

becoming  significant  near  the  temperature  at  which  the  gas  is 
conv  erted  into  a  liquid. 

■-  9 

GIVE  IT  SOME  THOUGHT 

600 

P  (atm) 

▲  Figure  10.24  The  effect  of 
temperature  and  pressure  on  the  behavior 
of  nitrogen  gas.  The  ratios  of  PV  RT  versus 
pressure  are  shown  for  1  mol  of  nitrogen  gas  at 
three  temperatures.  As  temperature  increases, 
the  gas  more  closely  approaches  ideal  behavior, 
which  is  represented  by  the  dashed  horizontal 
line. 

Would  you  expect  helium  gas  to  deviate  from  ideal  behavior  more  at 
(a)  100  K  and  1  atm,  (b)  100  K  and  5  atm,  or  (c)  300  K  and  2  atm? 

The  basic  assumptions  of  the  kinetic-molecular  theory  give  us 
insight  into  why  real  gases  deviate  from  ideal  behavior.  The  mol- 

ecules of  an  ideal  gas  are  assumed  to  occupy  no  space  and  have 
no  attractions  for  one  another.  Real  molecules,  however,  do  have  finite  volumes,  and 

they  do  attract  one  another.  As  shown  in  Figure  10.25  <,  the  free,  unoccupied 
space  in  which  molecules  can  move  is  somewhat  less  than  the  container  volume. 
At  relatively  low  pressures  the  volume  of  the  gas  molecules  is  negligible  relative 
to  the  container  volume.  Thus,  the  free  volume  available  to  the  molecules  is  es- 

sentially the  entire  volume  of  the  container.  As  the  pressure  increases,  however, 
the  free  space  in  which  the  molecules  can  move  becomes  a  smaller  fraction  of 
the  container  volume.  Under  these  conditions,  therefore,  gas  volumes  tend  to 

be  slightly  greater  than  those  predicted  by  the  ideal-gas  equation. 
In  addition,  the  attractive  forces  between  molecules  come 

into  play  at  short  distances,  as  when  molecules  are  crowded  to- 
gether at  high  pressures.  Because  of  these  attractive  forces,  the  im- 

pact of  a  given  molecule  with  the  wall  of  the  container  is  lessened. 
If  we  could  stop  the  action  in  a  gas,  the  positions  of  the  molecules 
might  resemble  the  illustration  in  Figure  10.26  T.  The  molecule 
about  to  make  contact  with  the  wall  experiences  the  attractive 
forces  of  nearby  molecules.  These  attractions  lessen  the  force  with 
which  the  molecule  hits  the  wall.  As  a  result,  the  pressure  is  less 
than  that  of  an  ideal  gas.  This  effect  serves  to  decrease  PV/RT 
below  its  ideal  value,  as  seen  in  Figure  10.23.  When  the  pressure  is 

sufficiently  high,  however,  the  volume  effects  dominate  and 
PV/RT  increases  to  above  the  ideal  value. 

(a) 

▲  Figure  10.25  Comparing  the  volume  of 
gas  molecules  to  the  container  volume.  In 
(a),  at  low  pressure,  the  combined  volume  of  the 
gas  molecules  is  small  relative  to  the  container 
volume,  and  we  can  approximate  the  empty 
space  between  molecules  as  being  equal  to  the 
container  volume.  In  (b),  at  high  pressure,  the 
combined  volume  of  the  gas  molecules  is  a  larger 
fraction  of  the  total  space  available.  Now  we  must 
account  for  the  volume  of  the  molecules 
themselves  in  determining  the  empty  space 
available  for  the  motion  of  the  gas  molecules. 

(b) 

<  Figure  10.26  The  effect  of 
intermolecular  forces  on  gas  pressure. 
The  molecule  that  is  about  to  strike  the  wall 
experiences  attractive  forces  from  nearby  gas 
molecules,  and  its  impact  on  the  wall  is  thereby 
lessened.  The  lessened  impact  means  the 
molecule  exerts  a  lower-than-expected  pressure 
on  the  wall.  The  attractive  forces  become 

significant  only  under  high-pressure  conditions, 
when  the  average  distance  between  molecules 
is  small. 
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Temperature  determines  how  effective  attractive  forces  between  gas  mole- 
cules are.  As  a  gas  is  cooled,  the  average  kinetic  energy  of  the  molecules  de- 

creases but  intermolecular  attractions  remain  constant.  In  a  sense,  cooling  a  gas 
deprives  molecules  of  the  energy  they  need  to  overcome  their  mutual  attractive 
influence.  The  effects  of  temperature  shown  in  Figure  10.24  illustrate  this  point 

very  well.  As  temperature  increases,  the  negative  departure  of  PV/RT  from 

ideal-gas  behavior  disappears.  The  difference  that  remains  at  high  temperature 
stems  mainly  from  the  effect  of  the  finite  volumes  of  the  molecules. 

Q    CIVE  IT  SOME  THOUGHT 

List  two  reasons  why  gases  deviate  from  ideal  behavior. 

The  van  der  Waals  Equation 

Engineers  and  scientists  who  work  with  gases  at  high  pressures  often  cannot 

use  the  ideal-gas  equation  to  predict  the  pressure-volume  properties  of  gases 
because  departures  from  ideal  behavior  are  too  large.  One  useful  equation  de- 

veloped to  predict  the  behavior  of  real  gases  was  proposed  by  the  Dutch  scien- 
tist Johannes  van  der  Waals  ( 1837-1923). 

The  ideal-gas  equation  predicts  that  the  pressure  of  a  gas  is 
nRT 

P  =  -—        (ideal  gas) 

Van  der  Waals  recognized  that  for  a  real  gas  this  expression  would  have  to  be 

corrected  for  the  finite  volume  occupied  bv  the  gas  molecules  and  for  the  at- 
tractive forces  between  the  gas  molecules.  I  le  introduced  two  constants,  a  and 

b,  to  make  these  corrections. 

Ideal  versus  Real  Gases 

ACTIVITY 
Nonideal  Gas  Behavior 

nRT 

V 

n  a 

Correction  for 
moltvuLii'  iitti.K turn 

[10.26] 

The  volume  of  the  container,  V,  is  decreased  by  the  factor  nb,  to  account  for  the 
small  but  finite  volume  occupied  bv  the  gas  molecules  themselves 

(Figure  10.25).  Thus,  the  free  volume  available  to  the  gas  molecules  is  V  -  nb. 
The  van  der  Waals  constant  b  is  a  measure  of  the  actual  intrinsic  volume  occu- 

pied by  a  mole  of  gas  molecules;  /'  has  units  of  L/mol.  The  pressure  is  in  turn 
decreased  by  the  factor  n  a/V  ,  which  accounts  for  the  attractive  forces  be- 

tween the  gas  molecules  (Figure  10.26).  The  unusual  form  of  this  correction 

results  because  the  attractive  forces  between  pairs  of  mole- 
cules increase  as  the  square  of  the  number  of  molecules  per 

unit  volume  [n/V)~.  Hence,  the  van  der  Waals  constant  a 
has  units  of  L  -atm/mol  .  The  magnitude  of  a  reflects  how 
strongly  the  gas  molecules  attract  each  other. 

Equation  10.26  is  generally  rearranged  to  give  the  fol- 
lowing form  of  the  van  der  Waals  equation: 

TABLE  10.3   van  der  Waals  Constants  for  Gas  Molecules 

/'  + 
n  a 

v- 

(V  -  nb)  =  n RT 
[10.27| 

The  van  der  Waals  constants  a  and  b  are  different  for  each 

gas.  Values  of  these  constants  for  several  gases  are  listed  in 

Table  10.3  ►.  Note  that  the  values  of  both  (7  and  />  generally 
increase  with  an  increase  in  mass  of  the  molecule  and  with 

an  increase  in  the  complexity  of  its  structure.  Larger,  more 
massive  molecules  not  only  have  larger  volumes,  they  also 
tend  to  have  greater  intermolecular  attractive  forces. 

Substance a  (L  -atm/mol  ) b  (L/mol) 
1  le 

0.0341 0.02370 Ne 
0.211 0.0171 

Ar 1.34 
0.0322 

Kr 

2  39 

Xe 
4.19 

1  1 0.244 

N2 

1.39 

o2 

1 .36 

Cl2 

6.49 
H20 5.46 

CH4 

2  2C> 

0.0428 

co2 

3.59 

0.0427 
CC14 

20.4 
0.1383 



■1  SAMPLE  EXERCISE  10.16  |  Using  the  van  Der  Waals  Equation 

If  1 .000  mol  of  an  ideal  gas  were  confined  to  22.41  L  at  0.0°C,  it  would  exert  a  pressure 
of  1.000  atm.  Use  the  van  der  Waals  equation  and  the  constants  in  Table  10.3  to  esti- 

mate the  pressure  exerted  by  1.000  mol  of  Cl2(g)  in  22.41  Lat  0.0°C. 
Solution 

Analyze:  The  quantity  we  need  to  solve  for  is  pressure.  Because  we  will  use  the  van 
der  Waals  equation,  we  must  identify  the  appropriate  values  for  the  constants  that 

appear  there. Plan:  Using  Equation  10.26,  we  have 

~  V  -  nb  ~ 
Solve:  Substituting;;  =  1.000  mol,  R     0.08206  l.-atm  mol-K,  T  =  273.2  K, 
V  =  22.41  I  ,  u     6.44  L--atm/mo|-,  and  b  =  0.0562  L/mol: 

(1.000  mol)(0.08206  L-atm/mol-K)(273.2  K)      (1.000  mol)2(6.49  L2-atm/mol2) 
22.41  L  -  (1.000  mol)(0.0562  L/mol)  (22.41  L)2 

=  1.003  atm  -  0.013  atm  =  0.990  atm 

Check:  We  expect  a  pressure  not  far  from  1 .000  atm,  which  would  be  the  value  for  an 
ideal  gas,  so  our  answer  seems  very  reasonable. 
Comment:  Notice  that  the  first  term,  1 .003  atm,  is  the  pressure  corrected  for  molecu- 

lar volume.  This  value  is  higher  than  the  ideal  value,  1.000  atm,  because  the  volume 
in  which  the  molecules  are  free  to  move  is  smaller  than  the  container  volume,  22.41  L. 
Thus,  the  molecules  must  collide  more  frequently  with  the  container  walls.  The  sec- 

ond factor,  0.013  atm,  corrects  for  intermolecular  forces.  The  intermolecular  attrac- 
tions between  molecules  reduce  the  pressure  to  0.990  atm.  We  can  conclude, 

therefore,  that  the  intermolecular  attractions  are  the  main  cause  of  the  slight  devia- 
tion of  Cliig)  from  ideal  behavior  under  the  stated  experimental  conditions. 

Wm  PRACTICE  EXERCISE 

Consider  a  sample  of  1.000  mol  of  CO^s')  confined  to  a  volume  of  3.000  L  at  0.0GC. 
Calculate  the  pressure  of  the  gas  using  (a)  the  ideal-gas  equation  and  (b)  the  van  der 
Waals  equation. 
Ansivers:  (a)  7.473  atm,  (b)  7.182  atm 

■i  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

Cyanogen,  a  highly  toxic  gas,  is  composed  of  46.2%  C  and  53.8%  N  by  mass.  At  25°C 
and  751  torr,  1.05  g  of  cyanogen  occupies  0.500  L.  (a)  What  is  the  molecular  formula  of 
cyanogen?  (b)  Predict  its  molecular  structure,  (c)  Predict  the  polarity  of  the  compound. 

Solution 

Analyze:  First  we  need  to  determine  the  molecular  formula  of  a  compound  from  el- 
emental analysis  data  and  data  on  the  properties  of  the  gaseous  substance.  Thus,  we 

have  two  separate  calculations  to  do. 
(a)  Plan:  We  can  use  the  percentage  composition  of  the  compound  to  calculate  its  em- 

pirical formula.  Then  we  can  determine  the  molecular  formula  by 
comparing  the  mass  of  the  empirical  formula  with  the  molar  mass. 
Solve:  To  determine  the  empirical  formula,  we  assume  that  we  have  a  100-g  sample  of 
the  compound  and  then  calculate  the  number  of  moles  of  each  element  in  the  sample: 

Moles  C  =  (46.2  g  C)(  1  mo1  C  )  =  3.85  mol  C 
h     V  12.01  gC/ 

Moles  N  =  (53.8  g  N)f  1  mo1  N  )  =  3.84  mol  N 
h     V  14.01  gN/ 

Because  the  ratio  of  the  moles  of  the  two  elements  is  essentially  1 : 1,  the  empirical  for- 
mula is  CN. 

To  determine  the  molar  mass  of  the  compound,  we  use  Equation  10.11. 

dRT      (1.05  g/0.500  L)(0.0821  l.-atm/mol-K)(298  K) M  =  -  =  52.0  e/mol 

p  (751/760) atm  6/ 



Summary  and  Key  terms 

The  molar  mass  associated  with  the  empirical  formula,  CN,  is  12.0  -  14.0 
26.0  g/mol.  Dividing  the  molar  mass  of  the  compound  by  that  of  its  empirical  formu- 

la gives  (52.0  g/mol)/(26.0  g/mol)  =  2.00.  rhus,  the  molecule  has  twice  as  man) 
atoms  of  each  element  as  the  empirical  formula,  giving  the  molecular  formula  C2N2. 
(b)  Plan:  To  determine  the  molecular  structure  of  the  molecule,  we  must  first  deter- 

mine its  Lewis  structure.  We  can  then  use  the  VSEPR  model  to  pre- 
dict the  structure. 

Solve:  The  molecule  has  2(4)  +  2(5)  =  18  valence-shell  electrons.  By  trial  and  error, 
we  seek  a  Lewis  structure  with  18  valence  electrons  in  which  each  atom  has  an  octet 
and  in  which  the  formai  charges  are  as  low  as  possible.  The  following  structure  meets 
these  criteria: 

:N=C—  C  =  N: 

(This  structure  has  zero  formal  charges  on  each  atom.) 
The  Lewis  structure  shows  that  each  atom  has  two  electron  domains.  (Each  ni- 

trogen has  a  nonbonding  pair  of  electrons  and  a  triple  bond,  whereas  each  carbon  has 
a  triple  bond  and  a  single  bond.)  Thus  the  electron-domain  geometry  around  each 
atom  is  linear,  causing  the  overall  molecule  to  be  linear. 
(c)  Plan:  To  determine  the  polarity  of  the  molecule,  we  must  examine  the  polarity  of 
the  individual  bonds  and  the  overall  geometrv  of  the  molecule. 

Solve:  Because  the  molecule  is  linear,  we  expect  the  two  dipoles  created  by  the  po- 
larity in  the  carbon-nitrogen  bond  to  cancel  each  other,  leaving  the  molecule  with  no 

dipole  moment. 

SUMMARY  AND  KEY  TERMS 

Section  10.1  Substances  that  are  gases  at  room  tempera- 
tures tend  to  be  molecular  substances  with  low  molar  mass- 

es. Air,  a  mixture  composed  mainly  of  \3_  and  tK  is  the 
most  common  gas  we  encounter.  Some  liquids  and  solids 
can  also  exist  in  the  gaseous  state,  where  they  are  known  as 
vapors.  Gases  are  compressible;  they  mix  in  all  proportions 
because  their  component  molecules  are  far  apart. 

Section  10.2  To  describe  the  state,  or  condition,  of  a 

gas,  we  must  specify  four  variables:  pressure  (/'),  volume 
(V),  temperature  (T),  and  quantity  (//).  Volume  is  usually 
measured  in  liters,  temperature  in  kelvins,  and  quantity 
of  gas  in  moles.  Pressure  is  the  force  per  unit  area. 
It  is  expressed  in  SI  units  as  pascals,  Pa 

(1  Pa  =  1  N/m2  =  1  kg/m-s2).  A  related  unit,  the  bar, 

equals  10°  Pa.  In  chemistry,  standard  atmospheric  pres- 
sure is  used  to  define  the  atmosphere  (atm)  and  the  torr 

(also  called  the  millimeter  of  mercury).  One  atmosphere 
of  pressure  equals  101.325  kPa,  or  760  torr.  A  barometer 
is  often  used  to  measure  the  atmospheric  pressure.  A 

manometer  can  be  used  to  measure  the  pressure  of  en- 
closed gases. 

Sections  10.3  and  10.4  Studies  have  revealed  several 

simple  gas  laws:  For  a  constant  quantity  of  gas  at  constant 

temperature,  the  volume  of  the  gas  is  inversely  propor- 

tional to  the  pressure  (Boyle's  law).  For  a  fixed  quantity  of 
gas  at  constant  pressure,  the  volume  is  directly  propor- 

tional to  its  absolute  temperature  (Charles's  law).  Equal 
volumes  of  gases  at  the  same  temperature  and  pressure 

contain  equal  numbers  of  molecules  (Avogadro's  hypoth- 

esis). For  a  gas  at  constant  temperature  and  pressure,  the 
volume  of  the  gas  is  directly  proportional  to  the  number 

of  moles  of  gas  (Avogadro's  law).  Each  ot  these  gas  law  s  is 
a  special  case  ot  the  ideal-gas  equation. 

The  ideal-gas  equation,  PV  =  11RT,  is  the  equation 
of  state  for  an  ideal  gas.  The  term  /\  in  this  equation  is  the 

gas  constant.  We  can  use  the  ideal-gas  equation  to  calcu- 
late variations  in  one  variable  w  hen  one  or  more  of  the 

others  are  changed.  Most  gases  at  pressures  ot  about  1 
atm  and  temperatures  near  273  K  and  above  obey  the 

ideal-gas  equation  reasonably  well.  I  he  conditions  of  273 
K  (D  C)  and  1  atm  are  known  as  the  standard  tempera- 

ture and  pressure  (STP). 

Sections  10.5  and  10.6  L;sing  the  ideal-gas  equation, 
we  can  relate  the  density  of  a  gas  to  its  molar  mass: 

.1/1  =  i1RT/P.  We  can  also  use  the  ideal-gas  equation  to 
solv  e  problems  inv  olv  ing  gases  as  reactants  or  produc  ts 

in  chemical  reactions.  In  all  applications  of  the  ideal-gas 
equation  we  must  remember  to  convert  temperatures  to 
the  absolute-temperature  scale  (the  Kelvin  si  ale) 

In  gas  mixtures  the  total  pressure  is  the  sum  of  the 
partial  pressures  that  each  gas  would  exert  it  il 

sent  alone  under  the  same  conditions  (Daiton's 
partial  pressures).  The  partial  pressure  ol 

a  mixture  is  equal  to  its  mole  fraction  times  i 
sure:  I\  =  X,/',.  The  mole  fraction  is  tin 
moles  of  one  component  of  a  mixture  to  tin  es  ol 

all  components.  In  calculating  the  quanl  as  col- 
lected over  water,  correction  must  be  n  •     le  partial 

pressure  of  water  vapor  in  the  gas  mi\l 
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Section  10.7  The  kinetic-molecular  theory  accounts 
for  the  properties  of  an  ideal  gas  in  terms  of  a  set  of  state- 

ments about  the  nature  of  gases.  Briefly,  these  statements 
are  as  follows:  Molecules  are  in  continuous  chaotic  mo- 

tion; the  volume  of  gas  molecules  is  negligible  compared 
to  the  volume  of  their  container;  the  gas  molecules  have 
no  attractive  forces  for  one  another;  their  collisions  are 

elastic;  and  the  average  kinetic  energy  of  the  gas  mole- 
cules is  proportional  to  the  absolute  temperature. 

The  molecules  of  a  gas  do  not  all  have  the  same  ki- 
netic energy  at  a  given  instant.  Their  speeds  are  distrib- 
uted over  a  wide  range;  the  distribution  varies  with  the 

molar  mass  of  the  gas  and  with  temperature.  The  root- 

mean-square  (rms)  speed,  ;/,  varies  in  proportion  to  the 
square  root  of  the  absolute  temperature  and  inversely 

with  the  square  root  of  the  molar  mass:  //  =  v3RT/M . 

Section  10.8  It  follows  from  kinetic-molecular  theory  that 
the  rate  at  which  a  gas  undergoes  effusion  (escapes  through 
a  tiny  hole  into  a  vacuum)  is  inversely  proportional  to  the 

VISUALIZING  CONCEPTS 

10.1  Assume  that  you  have  a  sample  of  gas  in  a  container 
with  a  movable  piston  such  as  the  one  in  the  drawing, 
(a)  Redraw  the  container  to  show  what  it  might  look  like 
if  the  temperature  of  the  gas  is  increased  from  300  K  to 
500  K  while  the  pressure  is  kept  constant,  (b)  Redraw 

the  container  to  show  what  it  might  look  like  if  the  pres- 
sure on  the  piston  is  increased  from  1.0  atm  to  2.0  atm 

while  the  temperature  is  kept  constant.  [Section  10.3] 

10.2  Consider  the  sample  of  gas  depicted  below.  What  would 

the  drawing  look  like  if  the  volume  and  temperature  re- 
mained constant  while  you  removed  enough  of  the  gas 

to  decrease  the  pressure  by  a  factor  of  2?  [Section  10.3] 

~  : 

o   9  • 

»«
 

10.3  Consider  the  following  reaction: 

2CO(x)  +  02(g)   >  2C02(g) 

Imagine  that  this  reaction  occurs  in  a  container  that  has  a 

piston  th.it  m<  \  es  to  allow  a  constant  pressure  to  be  main- 
tained when  the  reaction  occurs  at  constant  temperature, 

(a)  Whai  happens  to  the  volume  of  the  container  as  a  re- 
sult of  the  reaction?  Explain,  (b)  If  the  piston  is  not  al- 

square  root  of  its  molar  mass  (Graham's  law).  The  diffusion 
of  one  gas  through  the  space  occupied  by  a  second  gas  is  an- 

other phenomenon  related  to  the  speeds  at  which  molecules 
move.  Because  molecules  undergo  frequent  collisions  with 

one  another,  the  mean  free  path — the  mean  distance  trav- 
eled between  collisions — -is  short.  Collisions  between  mole- 

cules limit  the  rate  at  which  a  gas  molecule  can  diffuse. 

Section  10.9  Departures  from  ideal  behav  ior  increase 

in  magnitude  as  pressure  increases  and  as  temperature 
decreases.  The  extent  of  nonideality  of  a  real  gas  can  be 

seen  by  examining  the  quantity  PV/RT  for  one  mole  of 
the  gas  as  a  function  of  pressure;  for  an  ideal  gas,  this 
quantity  is  exactly  1  at  all  pressures.  Real  gases  depart 
from  ideal  behavior  because  the  molecules  possess  finite 
volume  and  because  the  molecules  experience  attractive 
forces  for  one  another.  The  van  der  Waals  equation  is  an 

equation  of  state  for  gases  that  modifies  the  ideal-gas 
equation  to  account  for  intrinsic  molecular  volume  and 
intermolecular  forces. 

lowed  to  move,  what  happens  to  the  pressure  as  a  result 
of  the  reaction?  [Sections  10.3  and  10.5] 

10.4  Consider  the  apparatus  below,  which  shows  gases  in  two 
containers  and  one  empty  container.  When  the  stopcocks 

are  opened  and  the  gases  allowed  to  mix  at  constant  tem- 
perature, what  is  the  distribution  of  atoms  in  each  con- 

tainer? Assume  that  the  containers  are  of  equal  volume 
and  ignore  the  volume  of  the  tubing  connecting  them. 

Which  gas  has  the  greater  partial  pressure  after  the  stop- 
cocks are  opened?  [Section  10.6] 

10.5  The  drawing  below  represents  a  mixture  of  three  differ- 
ent gases,  (a)  Rank  the  three  components  in  order  of  in- 

creasing partial  pressure,  (b)  if  the  total  pressure  of  the 
mixture  is  0.90  atm,  calculate  the  partial  pressure  of  each 

gas.  [Section  10.6] 

10.6  On  a  single  plot,  qualitatively  sketch  the  distribution  of 

molecular  speeds  for  (a)  Kr(y)  at  -50°C,  (b)  Kr(g)  at  0°C, 
(c)  Ar(y)  at  0°C.  [Section  10.7] 

10.7  Consider  the  drawing  below,  (a)  If  the  curves  A  and  B 

refer  to  two  different  gases,  He  and  Ot,  at  the  same  tem- 
perature, which  is  which?  Explain,  (b)  If  A  and  B  refer  to 



the  same  gas  at  two  different  temperatures,  which  rep- 
resents the  higher  temperature?  [Sec  Hon  10.7] 

s  
with 

speec 

/~\  A 

15 

Molecular  speed 

Exercises  433 

Consider  tlu following  vim ?s  of  gases: 

<*> 
(ii)  (in) 

If  the  three  samples  are  ail  at  the  same  temperature, 
rank  them  with  respect  to  (a)  total  pressure,  (b)  partial 

pressure  ot  helium,  (c)  density,  (d)  average  kinetic  ener- 
gy of  particles.  [Section  10.7] 

EXERCISES 

Gas  Characteristics;  Pressure 

10.9  How  does  a  gas  differ  from  a  liquid  with  respect  to  each 

of  the  following  properties:  (a)  density,  (b)  compressibil- 
ity, (c)  ability  to  mix  with  other  substances  of  the  same 

phase  to  form  homogeneous  mixtures? 
10.10  (a)  Both  a  liquid  and  a  ̂ as  .ire  moved  to  larger  contain- 

ers. How  does  their  behavior  differ?  Explain  the  differ- 
ence in  molecular  terms,  (b)  Although  water  and  carbon 

tetrachloride,  CCL(/),  do  not  mix,  their  vapors  form  ho- 
mogeneous mixtures.  Explain,  (c)  The  densities  of  v;ases 

are  generally  reported  in  units  of  g  I  ,  whereas  those  for 
liquids  are  reported  as  g  mL.  Explain  the  molecular 
basis  for  this  difference. 

10.11  Suppose  that  a  woman  weighing  130  lb  and  wearing 

high-heeled  shoes  momentarily  places  all  her  weight  on 
the  heel  of  one  foot.  If  the  area  ot  the  heel  is  030  in.  ,  cal- 

culate the  pressure  exerted  on  the  underlying  surface  in 
kilopascals. 

10.12  A  set  of  bookshelves  rests  on  a  hard  floor  surface  on  four 

legs,  each  having  a  cross-sectional  dimension  ot 
3.0  X  4.1  cm  in  contact  with  the  floor.  The  total  mass  ot 

the  shelves  plus  the  books  stacked  on  them  is  262  kg. 
Calculate  the  pressure  in  pascals  exerted  by  the  shell 
footings  on  the  surface. 

10.13  (a)  How  high  in  meters  must  a  column  ot  water  be  to 
exert  a  pressure  equal  to  that  of  a  760-mm  column  ot 
mercury?  The  density  of  water  is  1.0  g  mL,  whereas  that 
of  mercury  is  13.6  g/mL.  (b)  What  is  the  pressure  in  at- 

mospheres on  the  body  of  a  diver  if  he  is  36  ft  below  the 
surface  of  the  water  when  atmospheric  pressure  at  the  sur- 

face is  0.95  atm? 

10.14  The  compound  1-iodododecane  is  a  nonv  olatile  liquid 
with  a  density  of  1.20  g  ml  .  The  density  of  mercury  is 
13.6  g/mL.  What  do  you  predict  for  the  height  of  a 
barometer  column  based  on  1-iodododecane,  w  hen  the 
atmospheric  pressure  is  752  torr? 

10.15  Each  of  the  following  statements  concerns  a  mercury 
barometer  such  as  that  show  n  in  Figure  10.2.  Identify 
any  incorrect  statements,  and  correct  them,  (a)  The  tube 

must  be  1  cm  in  cross-sectional  area,  (b)  At  equilibrium 
the  force  of  gravity  per  unit  area  acting  on  the  mercury 

column  at  the  level  of  the  outside  mercury  equals  the 
force  of  gra\  itv  per  unit  area  acting  on  the  atmosphere. 
(c)  The  column  of  mercury  is  held  up  by  the  vacuum  at 

the  top  of  the  column. 
10.16  Suppose  you  make  a  mercury  barometer  using  a  glass 

tube  about  50  cm  in  length,  closed  at  one  end.  What 

would  you  expect  to  see  it  the  tube  is  filled  with  mer- 
cury and  inverted  in  a  mercury  dish,  as  in  Figure  10.2? 

Explain. 
10.17  The  typical  atmospheric  pressure  on  top  of  Mt.  Everest 

(2^,02S  ft)  is  about  265  torr.  Convert  this  pressure  to 
(a)  atm,  (b)  mm  I  Ig,  (c)  past  a  Is,  (d)  bars. 

10.18  Perform  the  following  conversions:  (a)  0.850  atm  to  torr, 
(b)  785  torr  to  kilopascals,  (c)  (35  mm  1  Ig  to  atmospheres, 
(d)  1.323  •  lir  Pa  to  atmospheres,  (e)  230  atm  to  bars. 

10.19  In  the  United  States,  barometric  pressures  are  reported 
in  inches  of  mercury  (in.  Hg).  On  a  beautiful  summer 
day  in  Chicago  the  barometric  pressure  is  30.45  in.  I  Ig. 
(a)  Conv  ert  this  pressure  to  torr.  (b)  A  meteorologist  ex- 

plains the  nice  weather  by  referring  to  a  "high-pressure 
area."  In  light  of  your  answer  to  part  (a),  explain  whv this  term  makes  sense. 

10.20  (a)  On  Titan,  the  largest  moon  of  Saturn,  the  atmospheric 
pressure  is  1.63105  Pa.  What  is  the  atmospheric  pressure 
of  Titan  in  atm?  (b)  On  Venus  the  surface  atmospheric 
pressure  is  about  90  Earth  atmospheres.  Wh.it  is  the 
Venusian  atmospheric  pressure  in  kilopascals? 

10.21  If  the  atmospheric  pressure  is  0.985  atm,  w  hat  is  the 
pressure  of  the  enclosed  gas  in  each  of  the  three  cases 
depicted  in  the  drawing? 

Open  end Open  end Clc 

Oii) 
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10.22  An  open-end  manometer  containing  mercury  is  con- 
nected to  a  container  of  gas,  as  depicted  in  Sample  Exer- 

cise 10.2.  What  is  the  pressure  of  the  enclosed  gas  in  torr 
in  each  of  the  following  situations?  (a)  The  mercury  in 
the  arm  attached  to  the  gas  is  10.7  cm  higher  than  in  the 

one  open  to  the  atmosphere;  atmospheric  pressure  is 
0.977  atm.  (b)  The  mercury  in  the  arm  attached  to  the 
gas  is  9.5  mm  lower  than  in  the  one  open  to  the  atmos- 

phere; atmospheric  pressure  is  1.02  atm. 

The  Gas  Laws 

10.23  Assume  that  you  have  a  cylinder  with  a  movable  piston. 

What  would  happen  to  the  gas  pressure  inside  the  cylin- 
der if  you  do  the  following?  (a)  Decrease  the  volume  to 

one-fourth  the  original  volume  while  holding  the  tem- 
perature constant,  (b)  Reduce  the  Kelvin  temperature  to 

half  its  original  value  while  holding  the  volume  con- 
stant, (c)  Reduce  the  amount  of  gas  to  half  while  keep- 

ing the  volume  and  temperature  constant. 

10.24  A  fixed  quantity  of  gas  at  23°C  exhibits  a  pressure  of  735 
torr  and  occupies  a  volume  of  5.22  L.  (a)  Use  Boyle's  law 
to  calculate  the  volume  the  gas  will  occupy  if  the  pres- 

sure is  increased  to  1.88  atm  while  the  temperature  is 

held  constant,  (b)  Use  Charles's  law  to  calculate  the  vol- 
ume the  gas  will  occupy  if  the  temperature  is  increased 

to  165°C  while  the  pressure  is  held  constant. 

10.25  (a)  How  is  the  law  of  combining  volumes  explained 

by  Avogadro's  hypothesis?  (b)  Consider  a  1.0-L  flask 
containing  neon  gas  and  a  1.5-L  flask  containing 
xenon  gas.  Both  gases  are  at  the  same  pressure  and 

temperature.  According  to  Avogadro's  law,  what  can be  said  about  the  ratio  of  the  number  of  atoms  in  the 
two  flasks? 

10.26  Nitrogen  and  hydrogen  gases  react  to  form  ammonia 

gas  as  follows: 

N2(g)  +  3  H2(X)   «-  2  NH3(g) 

At  a  certain  temperature  and  pressure,  1.2  L  of  N2  reacts 
with  3.6  L  of  Hi.  If  all  the  N2  and  H2  are  consumed, 
what  volume  of  NH^,  at  the  same  temperature  and 
pressure,  will  be  produced? 

The  Ideal-Gas  Equation 

10.27  (a)  Write  the  ideal-gas  equation,  and  give  the  units  used 
for  each  term  in  the  equation  when  R  =  0.0821 
L-atm/mol-K.  (b)  What  is  an  ideal  gas? 

10.28  (a)  What  conditions  are  represented  by  the  abbreviation 
STP?  (b)  What  is  the  molar  volume  of  an  ideal  gas  at  STP? 

(c)  Room  temperature  is  often  assumed  to  be  25°C. 
Calculate  the  molar  volume  of  an  ideal  gas  at  room 
temperature  and  1  atm  pressure. 

10.29  Suppose  you  are  given  two  1-L  flasks  and  told  that  one 
contains  a  gas  of  molar  mass  30,  the  other  a  gas  of  molar 
mass  60,  both  at  the  same  temperature.  The  pressure  in 
flask  A  is  X  atm,  and  the  mass  of  gas  in  the  flask  is  1.2  g. 
The  pressure  in  flask  B  is  0.5X  atm,  and  the  mass  of  gas 
in  that  flask  is  1.2  g.  Which  flask  contains  gas  of  molar 
mass  30,  and  which  contains  the  gas  of  molar  mass  60? 

10.30  Suppose  you  are  given  two  flasks  at  the  same  tempera- 
lure,  one  of  volume  2  L  and  the  other  of  volume  3  L.  The 

2-L  flask  contains  4.8  g  of  gas,  and  the  gas  pressure  is  X 
atm.  The  3-L  flask  contains  0.36  g  of  gas,  and  the  gas  pres- 

sure is  0.1  X.  Do  the  two  gases  have  the  same  molar  mass? 
It  not,  which  contains  the  gas  of  higher  molar  mass? 

10.31  Complete  the  following  table  for  an  ideal  gas: 

V // T 

2.00  atm 1.00  L 0.500  mol 
?  K 

(1.300  atm 0.250  L ?  mol 

27°C 
650  torr ?  L 0.333  mol 350  K 7  atm 

585  ml, 0.250  mol 
295  K 

10.32  Calc  ulate  each  of  the  following  quantities  for  an  ideal  gas: 
(a)  the  volume  of  the  gas,  in  liters,  if  1 .75  mol  has  a  pressure 

of  0.985  atm  at  a  temperature  of  -6°C;  (b)  the  absolute 
temperature  of  the  gas  at  which  3.33  x  10  ̂  mol  occupies 
255  mL  at  720  torr;  (c)  the  pressure,  in  atmospheres,  if 

0.0467  mol  occupies  413  mL  at  122°C;  (d)  the  quantity  of 
gas,  in  moles,  if  67.5  L  at  54  C  has  a  pressure  of  11.25  kPa. 

10.33  The  Hindenburg  was  a  hydrogen-filled  dirigible  that  ex- 

ploded in  1937.  If  the  Hindenburg  held  2.0  x  105m3  of 
hydrogen  gas  at  23°C  and  1.0  atm,  what  mass  of  hydro- 

gen was  present? 
10.34  A  neon  sign  is  made  of  glass  tubing  whose  inside  diame- 

ter is  2.5  cm  and  whose  length  is  5.5  m.  If  the  sign  contains 

neon  at  a  pressure  of  1.78  torr  at  35°C,  how  many  grams  of 

neon  are  in  the  sign?  (The  volume  of  a  cylinder  is  -/  "//.) 
10.35  Calculate  the  number  of  molecules  in  a  deep  breath  of 

air  whose  volume  is  2.50  L  at  body  temperature,  37°C, 
and  a  pressure  of  735  torr. 

10.36  If  the  pressure  exerted  by  ozone,  O3,  in  the  stratosphere 

is  3.0  x  10~-1  atm  and  the  temperature  is  250  K,  how 
many  ozone  molecules  are  in  a  liter? 

10.37  A  scuba  diver's  tank  contains  0.29  kg  of  02  compressed 
into  a  volume  of  2.3  L.  (a)  Calculate  the  gas  pressure  in- 

side the  tank  at  9°C  (b)  What  volume  would  this  oxy- 

gen occupy  at  26°C  and  0.95  atm? 10.38  An  aerosol  spray  can  with  a  volume  of  250  mL  contains  2.30 

g  of  propane  gas  (C3H8)  as  a  propellant.  (a)  If  the  can  is  at 
23°C,  what  is  the  pressure  in  the  can?  (b)  What  volume 
would  the  propane  occupy  at  STP?  (c)  The  can  says  that  ex- 

posure to  temperatures  above  130°F  may  cause  the  can  to 
burst.  What  is  the  pressure  in  the  can  at  this  temperature? 

10.39  Chlorine  is  widely  used  to  purify  municipal  water  sup- 
plies and  to  treat  swimming  pool  waters.  Suppose  that 

the  volume  of  a  particular  sample  of  Cl2  gas  is  8.70  L  at 
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895  torr  and  24  C.  (a)  I  low  many  grains  of  CN  are  in  the 
sample?  (b)  What  volume  will  the  CP  occupy  at  STP? 
(c)  At  what  temperature  will  the  volume  he  1  5.0(1  I  if  the 
pressure  is  8.76  X  10  torr?  (d)  At  what  pressure  will  the 
volume  equal  6.00  I-  it  the  temperature  is  58  C? 

10.40  Many  gases  are  shipped  in  high-pressure  containers.  Con- 
sider a  steel  tank  w  hose  volume  is  65.0  I  and  w  hich  con- 
tains 02  gas  ilt  a  pressure  of  16,500  kPa  at  23  C.  (a)  What 

mass  of  Oi  does  the  tank  contain1  (b)  What  volume  would 
the  gas  occupy  at  STP?  (c)  At  what  temperature  would  the 
pressure  in  the  tank  equal  1 50.0  arm?  (d)  What  would  be 
the  pressure  of  the  gas,  in  kPa,  it  it  were  transferred  to  a 
container  at  24  C  whose  volume  is  55.0  I  1 

10.41  In  an  experiment  reported  in  the  scientific  literature,  male 
cockroaches  were  made  to  run  at  different  speeds  on  a 
miniature  treadmill  while  their  oxygen  consumption  w  as 
measured.  In  one  hour  the  av  erage  cockroach  running  at 
0.08  km/hr  consumed  0.8  mL  of  O2  at  I  atm  pressure  and 

24°C  per  gram  of  insect  weight,  (a)  I  low  many  moles  of 

O2  would  be  consumed  in  1  hrb\  a  5. 2-g  cockroach  mo 
ing  at  this  speed?  (b)  This  same  cockroach  is  caught 
child  and  placed  in  a  1-qt  fruit  jar  with  a  tight  lid.  Assun 
ing  the  same  level  of  continuous  activity  as  in  the  u 

search,  w  ill  the  cockroach  consume  more  than  20",.  ot  the 
available  O2  in  a  48-hr  period1  (Air  is  21  mol  percent  CM 

10.42  After  the  large  eruption  of  Mount  St.  I  lelens  in  198 
samples  from  the  volcano  were  taken  bv  sampling  the 
downw  ind  gas  plume.  The  unfiltered  gas  samples  were 

passed  over  a  gold-coated  wire  coil  to  absorb  mercury 
(Hg)  present  in  the  gas.  The  mercurv  was  recovered 
from  the  coil  by  heating  it,  and  then  analyzed.  In  one 
particular  set  of  experiments  scientists  found  a  mercury 
vapor  lev  el  ot  1800  ng  of  I  Ig  per  cubic  meter  in  the 
plume,  at  a  gas  temperature  of  10  C.  Calculate  (a)  the 

partial  pressure  of  Hg  vapor  in  the  plume,  (b)  the  num- 
ber of  I  Ig  atoms  per  cubic  meter  in  the  gas,  (c)  the  total 

mass  of  Hg  emitted  per  day  bv  the  volcano  it  the  daily 
plume  volume  was  1600  km  . 

Further  Applications  of  the  Ideal-Gas  Equation 

10.43  Which  gas  is  most  dense  at   1.00  atm  and  298  K? 
(a)  C02,  (b)  N20,  (c)  Cl2.  Explain. 

10.44  Which  gas  is  least  dense  at  1.00  atm  and  298  K?  (a)  SO,, 
(b)  HBr,  (c)  C02.  Explain. 

10.45  Which  of  the  following  statements  best  explains  why  a 
closed  balloon  filled  with  helium  gas  rises  in  air? 
(a)  Helium  is  a  monatomic  gas,  whereas  nearly  .ill  the 

molecules  that  make  up  air,  such  as  nitrogen  and 
oxygen,  are  diatomic. 

(b)  The  average  speed  ot  helium  atoms  is  higher  than 
the  average  speed  of  air  molecules,  anil  the  higher 
speed  of  collisions  with  the  balloon  walls  propels  the 
balloon  upward. 

(c)  Because  the  helium  atoms  are  ot  lower  mass  than  the 

average  air  molecule,  the  helium  gas  is  less  dense 
than  air.  The  balloon  thus  weighs  less  than  the  air 
displaced  by  its  volume. 

(d)  Because  helium  has  a  lower  molar  mass  than  the  av  - 
erage air  molecule,  the  helium  atoms  are  in  faster 

motion.  This  means  that  the  temperature  of  the  heli- 
um is  higher  than  the  air  temperature.  Hot  gases 

tend  to  rise. 

10.46  Which  of  the  following  statements  best  explains  why  ni- 
trogen gas  at  STP  is  less  dense  than  Xe  gas  at  STP? 

(a)  Because  Xe  is  a  noble  gas,  there  is  less  tendency  for 
the  Xe  atoms  to  repel  one  .mother,  so  they  pack  more 
densely  in  the  gas  state. 

(b)  Xe  atoms  have  a  higher  mass  than  N2  molecules.  Be- 
cause both  gases  at  STP  have  the  same  number  of  mol- 
ecules per  unit  volume,  the  Xe  gas  must  be  denser. 

(c)  The  Xe  atoms  are  larger  than  N:  molecules  and  thus 
take  up  a  larger  traction  ot  the  space  occupied  by 
the  gas. 

(d)  Because  the  Xe  atoms  are  much  more  massiv  e  than 

the  N'2  molecules,  they  move  more  slowly  and  thus 
exert  less  upward  force  on  the  gas  container  and 
make  the  gas  appear  denser. 

10.47  (a)  Calculate  the  density  of  N02  gas  at  0.970  atm  and 
35  C.  (b)  Calculate  the  molar  mass  of  a  gas  it  2.50  g  oc- 

cupies 0.875  L  at  685  torr  and  35  C. 
10.48  (a)  Calculate  the  density  ot  sulfur  hexafluoride  gas  at  678 

torr  and  28  C.  (b)  Calculate  the  molar  mass  ol  a  vapor 
that  has  a  density  of  7.135  g,  I-  at  12  C  and  743  torr. 

111.44  In  the  Dumas-bulb  technique  tor  determining  the  molar 
mass  ot  an  unknown  liquid,  you  vaporize  the  sample  ot 

a  liquid  that  boils  below  100  C  in  a  boiling-water  bath 
and  determine  the  mass  of  vapor  required  to  till  the-  bulb 
(see  drawing).  From  the  following  data,  calculate  the 
molar  mass  ot  the  unknow  n  liquid:  mass  of  unknow  n 

vapor,  1.012  g;  volume  ot  bulb,  354  cm';  pressure,  742 
torr;  temperature,  99  C. 

Vapor  of 
unknown 

Boiline  water 

10.50  The  molar  mass  of  a  v  olatile  substance  v\ 

by  the  Dumas-bulb  method  described  in 
The  unknown  vapor  had  a  mass  of  0.8  16 
the  bulb  was  354  cm  ,  pressure  7^2  ton 
100°C.  Calculate  the  molar  mass  , 

10.51  Magnesium  can  be  used  .is  a  "gettei  ■  I  enclo- 
sures, to  react  with  the  last  trat  es  of  o  I  he  magne- 
sium is  usually  heated  bv  passii  c  current 

through  a  wire  or  ribbon  of  the  me:  1  ei  iclosure  ot 
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0.382  L  has  a  partial  pressure  of  02  of  3.5  X  10  6  torr  at 
27°C,  what  mass  of  magnesium  will  react  according  to 
the  following  equation? 

2  Mg'ts)  +  02(g)   *  2  MgO(s) 
10.52  Calcium  hydride,  CaH2,  reacts  with  water  to  form  hy- 

drogen gas: 

CaH:(>)  +  2H20(/)   ►  Ca(OH)2(m/)  +  2  H2(#) 
This  reaction  is  sometimes  used  to  inflate  life  rafts, 

weather  balloons,  and  the  like,  where  a  simple,  compact 
means  of  generating  H2  is  desired.  How  many  grams  of 

CaH2  are  needed  to  generate  53.5  L  of  H2  gas  if  the  pres- 

sure of  H2  is  814  torr  at  21°C? 
10.53  The  metabolic  oxidation  of  glucose,  ChH]2Oh,  in  our 

bodies  produces  C02,  which  is  expelled  from  our  lungs 
as  a  gas: 

C6H1206(flt/)  +  602(g)   ►  6C02(g)  -  6H20(/) 

Calculate  the  volume  of  dry  C02  produced  at  body  tem- 

perature (37°C)  and  0.970  atm  when  24. ^  g  of  glucose  is consumed  in  this  reaction. 

10.54  Consider  the  following  unbalanced  chemical  equation: 

C5H12(/)  +  Oz(g)   ►  C02(x)  +  H2O0?) 

What  volume  of  oxygen  gas,  measured  at  23'C  and  0.980 
atm,  is  needed  to  react  with  2.50  g  of  C=;H  12?  What  volume 
of  each  product  Ls  produced  under  the  same  conditions? 

10.55  Hydrogen  gas  is  produced  when  zinc  reacts  with  sulfu- 
ric acid: 

Zn(s)  f  H2S04(<?(/)   »  ZnS04(rtq)  +  H2(x) 

If  1 59  ml.  of  wet  H2  is  collected  over  water  at  24  C  and  a 
barometric  pressure  of  738  torr,  how  many  grams  of  Zn 
have  been  consumed?  (The  vapor  pressure  of  water  is 
tabulated  in  Appendix  B.) 

10.56  Acetylene  gas,  C2H2('S'),  can  be  prepared  by  the  reaction 
of  calcium  carbide  with  water: 

CaC2(s)  +  2  H2Q(/)   >  Ca(OH)2(s)  +  C2H2(x) 

Calculate  the  volume  of  C2H2  that  is  collected  over 

water  at  26°C  by  reaction  of  0.887  g  of  CaC2  if  the  total 
pressure  of  the  gas  is  726  torr.  (The  vapor  pressure  of 
water  is  tabulated  in  Appendix  B.) 

Partial  Pressures 

10.57  Consider  the  apparatus  shown  in  the  drawing, 
(a)  When  the  stopcock  between  the  two  containers  is 

opened  and  the  gases  allowed  to  mix,  how  does  the  vol- 
ume occupied  by  the  N2  gas  change?  What  is  the  partial 

pressure  of  N2  after  mixing?  (b)  How  does  the  volume 

of  the  Q2  gas  change  when  the  gases  mix1  What  is  the 
partial  pressure  of  02  in  the  mixture?  (c)  What  is  the  total 
pressure  in  the  container  after  the  gases  mix? 

N2  02 

2.0  L  3.0  L 
1.0  atm  2.0  atm 

25°C  25°C 

10.58  Consider  a  mixture  of  two  gases,  A  and  B,  confined  to  a 
closed  vessel.  A  quantity  of  a  third  gas,  C,  is  added  to 
the  same  vessel  at  the  same  temperature.  How  does  the 
addition  of  gas  C  affect  the  following:  (a)  the  partial 
pressure  of  gas  A,  (b)  the  total  pressure  in  the  vessel, 
(c)  the  mole  fraction  of  gas  B? 

10.59  A  mixture  containing  0.538  mol  He(g),  0.315  mol  Ne(g), 

and  0.103  mol  Ar(g)  is  confined  in  a  7.00-L  vessel  at  25°C. 
(a)Cah  ul, He  the  partial  pressure  of  each  of  the  gases  in  the 
mixture,  (b)  Calculate  the  total  pressure  of  the  mixture. 

10.60  A  mixture  containing  2.50  g  each  of  CH4('sr),  C2H4(;S'), 
and  C4I 1  |o(£)  is  contained  in  a  2.00-L  flask  at  a  tempera- 
ture  of  15  C.  (a)  Calculate  the  partial  pressure  of  each  of 
the  .  ises  in  the  mixture,  (b)  Calculate  the  total  pressure 
ol  the  i     I  ure. 

10.61  A  piece  ol  >lid  carbon  dioxide  with  a  mass  of  5.50  g  is 
placed  in  a  1   11  I  vessel  thai  already  contains  air  at  705 

torr  and  24°C.  After  the  carbon  dioxide  has  totally  va- 
porized, what  is  the  partial  pressure  of  carbon  dioxide 

and  the  total  pressure  in  the  container  at  24°C? 
10.62  A  sample  of  4.00  mL  of  diethylether  (C2H3OC2H^: 

density  =  0.7134  g/mL)  is  introduced  into  a  5.00-L  vessel 
that  already  contains  a  mixture  of  N2  and  02,  whose  par- 

tial pressures  are  l\  0.751  atm  and  /',  ,  0.208  arm 
The  temperature  is  held  at  35.0°C,  and  the  diethylether  to- 

tally evaporates,  (a)  Calculate  the  partial  pressure  of  the  di- 
ethylether. (b)  Calculate  the  total  pressure  in  the  container. 

10.63  A  mixture  of  gases  contains  0.75  mol  N2,  0.30  mol  02, 
and  0.15  mol  C02.  If  the  total  pressure  of  the  mixture  is 
1.56  atm,  what  is  the  partial  pressure  of  each  component? 

10.64  A  mixture  of  gases  contains  10.25  g  of  N2,  2.05  g  of  H2, 
and  7.63  g  of  NH^.  If  the  total  pressure  of  the  mixture  is 
2.35  atm,  what  is  the  partial  pressure  of  each  component? 

10.65  At  an  underwater  depth  of  250  ft,  the  pressure  is  8.38 
atm.  What  should  the  mole  percent  of  oxygen  be  in  the 

diving  gas  for  the  partial  pressure  of  oxygen  in  the  mix- 
ture to  be  0.21  atm,  the  same  as  in  air  at  1  atm? 

10.66  (a)  What  are  the  mole  fractions  of  each  component  in  a 
mixture  of  5.08  g  of  02,  7.17  g  of  N2,  and  1.32  g  of  H2? 
(b)  What  is  the  partial  pressure  in  atm  of  each  component 
of  this  mixture  if  it  is  held  in  a  12.40-L  vessel  at  15  C? 

10.67  A  quantity  of  N2  gas  originally  held  at  4.75  atm  pressure 
in  a  1.00-L  container  at  26:C  is  transferred  to  a  10.0-L 
container  at  20°C.  A  quantity  of  02  gas  originally  at  5.25 
atm  and  26°C  in  a  5.00-L  container  is  transferred  to  this 
same  container.  What  is  the  total  pressure  in  the  new 
container? 

10.68  A  sample  of  4.00  g  of  S02(^)  originally  in  a  5.00-L  vessel 
at  26  C  is  transferred  to  a  10.0-L  vessel  at  25°C.  A  sample 

of  2.35  g  N2(g)  originally  in  a  2.50-L  vessel  at  20°C  is transferred  to  this  same  10.0-L  vessel,  (a)  What  is  the 

partial  pressure  of  S02(y)  in  the  larger  container? 
(b)  What  is  the  partial  pressure  of  N2(g)  in  this  vessel? 
(c)  What  is  the  total  pressure  in  the  vessel? 
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Kinetic-Molecular  Theory;  Graham's  Law 
10.69  What  change  or  changes  in  the  state  of  a  gas  bring  about 

each  of  the  following  effects?  (a)  I  he  number  of  impacts 
per  unit  time  on  a  given  container  wall  increases, 
(b)  The  average  energy  ot  impact  of  molecules  with  the 
wall  of  the  container  decreases,  (c)  I  he  average  distance 

between  gas  molecules  increases,  (d)  ["he  average  speed 
of  molecules  in  the  gas  mixture  is  im  leased. 

10.70  Indicate  which  of  the  following  statements  regarding 
the  kinetic-molecular  theory  of  gases  are  correct.  For 
those  that  are  false,  formulate  a  correct  version  ol  the 

statement,  (a)  1  he  average  kinetic  energy  of  a  collection 
of  gas  molecules  at  a  given  temperature  is  proportional 
to  m  .  (b)  The  gas  molecules  are  assumed  to  exert  no 
forces  on  each  other,  (c)  All  the  molecules  ol  ,i  gas  at  a 
given  temperature  have  the  same  kinetic  energy,  (d)  The 
volume  ot  the  gas  molecules  is  negligible  in  comparison 
to  the  total  volume  in  which  the  gas  is  contained. 

10.71  What  property  or  properties  ot  gases  can  you  point  to 
that  support  the  assumption  that  most  ol  the  volume  in 

a  gas  is  empty  space1 
10.72  Newton  had  an  incorrect  theorv  ot  gases  in  which  he  as- 

sumed that  all  gas  molecules  repel  one  another  am)  the 
walls  of  their  container.  Thus,  the  mole<  ules  of  a  gas  are 
statically  and  uniformly  distributed,  trying  to  get  as  tar 
apart  as  possible  from  one  another  and  the  \  essel  walls. 
This  repulsion  gives  rise  to  pressure.  Explain  why 

Charles's  law  argues  tor  the  kinetic-molecular  theorv 
and  against  Newton's  model. 

10.73  Vessel  A  contains  CO(s')  at  0  C  and  I  atm.  Vessel  15  ob- 
tains SOi(x)  at  20°C  and  0.3  atm.  I  he  two  vessels  have 

the  same  volume,  (a)  Which  vessel  contains  more  mole- 
cules? (b)  Which  contains  more  mass?  (c)  In  which  vessel 

is  the  av  erage  kinetic  energy  of  molecules  higher1  (d)  In 
which  vessel  is  the  rms  speed  of  molecules  higher? 

10.74  Suppose  you  have  two  1-L  flasks,  one  containing  N2  at 
5TP,  the  other  containing  CH4  at  STP.  How  do  these  sys- 

tems compare  with  respect  to  (a)  number  ot  molecule1 
(b)  density,  (c)  average  kinetic  energ\  of  the  molecu 

(d)  rate  ot  effusion  through  a  pinhole  leak1 
10.75  (a)  Place  the  following  gases  in  order  ot  increasing  a\  er- 

age  molecular  speed  at  25  C:  Ne,  HBr,  SO:,  NF;.  C  O 

(b)  Calculate  the  rms  speed  of  NF-?  molecules  at  25  C 
10.76  (a)  Place  the  following  gases  in  order  of  ini  leasing  a\  er- 

age  molecular  speed  at  300  k:  CO,  SI,,.  I J  S.  Cl2,  HBr 
(b)  Calculate  and  compare  the  rms  speeds  ot  CO  and 
Cl2  molecules  at  300  k. 

10.77  Hydrogen  has  two  naturally  occurring  isotopes,  1 1  and 
~H.  Chlorine  also  has  two  naturallv  occurring  isotopes, 
'^Cl  and  CI.  Thus,  hydrogen  chloride  gas  consists  ot 

four  distinct  types  ot  molecules:  TUX  I,  'l  I  rCI,  ;l  I  '\  I. and  H  CI.  Place  these  tour  molecules  in  order  of  in- 

creasing rati1  ot  effusion. 

10.78  As  discussed  in  the  "Chemistry  at  Work"  box  in  Section 
10.8,  enriched  uranium  is  produced  via  gaseous  diffu- 

sion of  UF,,.  Suppose  a  process  were  developed  to  allow 
diffusion  of  gaseous  uranium  atoms,  U($  ).  Calculate  the 

ratio  of  diffusion  rates  tor  U  and  ~vSU,  and  compare  it 
to  the  ratio  for  UF,,  given  in  the  cssav. 

10.79  Arsenic(III)  sulfide  sublimes  readily,  even  below  its 
melting  point  of  320  C.  The  molecules  ot  the  vapor 
phase  are  found  to  effuse  through  a  tiny  hole  at  0.28 
times  the  rati1  ol  effusion  ot  Ar  atoms  under  the  same 
conditions  of  temperature  and  pressure.  What  is  the 
molecular  formula  ot  arsenic(III)  sulfide  in  the  gas 

phase1 

10.80  A  gas  of  unknown  molecular  mass  was  allowed  to  ef- 
fuse through  a  small  opening  under  constant-pressure 

conditions.  It  required  I05sfor  1. 01  of  the  gas  to  effuse. 
Under  identical  experimental  conditions  it  required  31  s 
for  1.0  L  of  Oi  gas  to  effuse.  Calculate  the  molar  mass  of 

the  unknown  gas.  (Remember  that  the  faster  the  rati1  ot  ef- 
fusion, the  shorter  the  time  required  lor  effusion  of  1.0  L; 

that  is,  rati1  ami  time  are  inversely  proportional.) 

Nonideal-Gas  Behavior 

10.81  (a)  List  two  experimental  conditions  under  which  gases  de- 
viate from  ideal  behavior,  (b)  List  two  reasons  the  gases 

deviate  from  ideal  behavior,  (c)  Explain  how  the  function 
PV/RT  can  be  used  to  show  how  gases  behav  e  nonideally. 

10.82  The  planet  Jupiter  has  a  mass  "IIS  times  that  of  Earth,  and 
its  surface  temperature  is  140  K.  Mercury  has  a  mass  0.05 
times  that  of  Earth,  and  its  surface  temperature  is  be- 

tween 600  k  and  700  k.  On  which  planet  is  the  atmos- 

phere more  likely  to  obev  the  ideal-gas  law1  Explain. 
10.83  Based  on  their  respective  van  der  Waals  constants 

(Table  10.3),  is  Ar  or  CO^  expected  to  behave  more  near- 
ly like  an  ideal  gas  at  high  pressures?  Explain. 

10.84  Briefly  explain  the  significance  of  the  constants  <(  ami  /' 
in  the  v  an  der  Waals  equation. 

10.85  Calculate  the  pressure  that  CCI4  will  exert  at  40  C  il 
1 .00  mol  occupies  2S.0  I .,  assuming  that  (a)  C  C  I  (  obeys 

the  ideal-gas  equation;  (b)  CCI  (  obeys  the  v  an  der  WaaL 
equation.  (Values  for  the  van  der  Waals  constants  an 
given  in  Table  10.3.) 

10.86  It  turns  out  that  the  van  der  Waals  constant  />  equal: 
times  the  total  volume  actually  occupied  by  the  molei  1 
of  a  mole  of  gas.  Using  this  figure,  cak  11  late  the  frai  l 
the  volume  in  a  container  actually  occupied  b 
(a)  at  SIT,  (b)at  100  atm  pressure  and  0  C 
simplicity  that  the  ideal-gas  equation  still  I 
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Additional  Exercises 

10.87  Suppose  the  mercury  used  to  make  a  barometer  has  a 
few  small  droplets  of  water  trapped  in  it  that  rise  to  the 
top  of  the  mercurv  in  the  tube.  Will  the  barometer  show 
the  correct  atmospheric  pressure?  Explain. 

10.88  Suppose  that  when  Torricelli  had  his  great  idea  for  con- 
structing a  mercury  manometer,  he  had  rushed  into  the 

laboratory  and  found  the  following  items  of  glass: 

(a)  (b)       (c)       (d)  (e) 

Which  of  these  would  have  been  satisfactory  for  his  use 

in  forming  the  fust  manometer1  Explain  w  h\  the  unsat- 
isfactory ones  would  not  have  worked. 

10.89  A  gas  bubble  with  a  volume  of  1 .0  mm  '  originates  at  the 
bottom  of  a  lake  where  the  pressure  is  3.0  atm.  Calculate 
its  volume  when  the  bubble  reaches  the  surface  of  the  lake 

where  the  pressure  is  695  torr,  assuming  that  the  tem- 

perature doesn't  change. 
10.90  A  15.0-L  tank  is  filled  with  helium  gas  at  a  pressure  of 

LOO  X  10-  atm.  How  many  balloons  (each  2.00  L)  can  be 
inflated  to  a  pressure  of  1.00  atm,  assuming  that  the  tem- 

perature remains  constant  and  that  the  tank  cannot  be 
emptied  below  1.00  atm? 

10.91  To  minimize  the  rate  of  evaporation  of  the  tungsten  fila- 
ment, 1.4  X  10  mol  of  argon  is  placed  in  a  600-cm  light- 

bulb.  What  is  the  pressure  of  argon  in  the  lightbulb  at  23°C? 
10.92  Propane,  C-,HS,  liquefies  under  modest  pressure,  allow- 

ing a  large  amount  to  be  stored  in  a  container,  (a)  Calcu- 
late the  number  of  moles  of  propane  gas  in  a  110-L 

container  at  3.00  atm  and  27  C.  (b)  Calculate  the  num- 
ber of  moles  of  liquid  propane  that  can  be  stored  in  the 

same  volume  if  the  density  of  the  liquid  is  0.590  g/mL. 
(c)  Calculate  the  ratio  of  the  number  of  moles  of  liquid 

to  moles  of  gas.  Discuss  this  ratio  in  light  of  the  kinetic- 
molecular  theory  of  gases. 

10.93  Wh.it  is  the  total  mass  (in  grams)  of  O2  in  a  room  mea- 
suring 10.0  ft  -  8.0  ft  •  8.0  ft  if  the  air  in  the  room  is  at 

STPand  contains  20.95%  02? 

10.94  Nickel  carbonyl,  Ni(CO)4,  is  one  of  the  most  toxic  sub- 
stances known.  The  present  maximum  allowable  concentra- 

tion in  laboratory  air  during  an  8-hr  workday  is  1  part  in  104 
by  volume,  which  means  that  there  is  one  mole  of  Ni(CO)4 

for  every  10  moles  of  gas.  Assume  24  C  and  1.00  atm  pres- 
sure. What  mass  of  Ni(CO)4  is  allowable  in  a  laboratory 

that  is  ̂ 4  m  in  area,  with  a  ceiling  height  of  3.1  in? 
10.95  Consider  the  arrangement  of  bulbs  shown  in  the  draw- 

ing. Each  t  the  bulbs  contains  a  gas  at  the  pressure 
shown.  What     the  pressure  of  the  system  when  all  the 

stopcocks  are  opened,  assuming  that  the  temperature 
remains  constant?  (We  can  neglect  the  volume  of  the 
capillary  tubing  connecting  the  bulbs.) 

i  *  N2 

Ne 

H2 

Volume 1.0  L 
1.0  L 

0.5  L 
Pressure 263  torr 

800  torr 
532  torr 

10.96  Assume  that  a  single  cylinder  of  an  automobile  engine 
has  a  volume  of  524  cm  .  (a)  If  the  cylinder  is  full  of  air 
at  74  C  and  0.980  atm,  how  many  moles  of  02  are  pre- 

sent? (The  mole  fraction  of  O2  in  dry  air  is  0.2095.) 
(b)  I  low  many  grams  of  C*H]H  could  be  combusted  by 
this  quantity  of  Cs,  assuming  complete  combustion 
with  formation  of  COt  and  H20? 

110.97]  Ammonia,  NH^-),  and  hydrogen  chloride,  HCl(e), 
react  to  form  solid  ammonium  chloride,  NH4CI(s): 

NH3(g)  +  HCl(x)^NH4Cl(s) 

Two  2.00-L  flasks  at  25°C  are  connected  by  a  stopcock,  as 
shown  in  the  drawing.  One  flask  contains  5.00  g  NH^'), 
and  the  other  contains  5.00  g  HC1(^)- 

When  the  stopcock  is  opened,  the  gases  react  until  one  is 
completely  consumed,  (a)  Which  gas  will  remain  in  the 
system  after  the  reaction  is  complete?  (b)  What  will  be 

the  final  pressure  of  the  system  after  the  reaction  is  com- 
plete? (Neglect  the  volume  of  the  ammonium  chloride formed.) 

10.98  A  sample  of  1.42  g  of  helium  and  an  unweighed  quanti- 
ty of  O2  are  mixed  in  a  flask  at  room  temperature.  The 

partial  pressure  of  helium  in  the  flask  is  42.5  torr,  and 
the  partial  pressure  of  oxygen  is  158  torr.  What  is  the 
mass  of  the  oxygen  in  the  container? 

110.991  A  gaseous  mixture  of  and  Kr  has  a  density  of 
1 .104  g/L  at  435  torr  and  300  K.  What  is  the  mole  percent 

O2  in  the  mixture? 
[10.1001  A  glass  vessel  fitted  with  a  stopcock  has  a  mass  of 

337.428  g  when  evacuated.  When  filled  with  Ar,  it  has  a 
mass  of  339.854  g.  When  evacuated  and  refilled  with  a 
mixture  of  Ne  and  Ar,  under  the  same  conditions  of 

temperature  and  pressure,  it  weighs  339.076  g.  What  is 
the  mole  percent  of  Ne  in  the  gas  mixture? 

[10.101]  The  density  of  a  gas  of  unknown  molar  mass  was  mea- 
sured as  a  function  of  pressure  at  0°C,  as  in  the  table 

below,  (a)  Determine  a  precise  molar  mass  for  the  gas. 

[Hint:  Graph  d/P  versus  P.\  (b)  Why  is  d/P  not  a  con- 
stant as  a  function  of  pressure? 
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Pressure 
(atm) 1.00  0.666 0.500 0.333  0.230 

Density 

(g/D
  ' 

2.3074  1.5263 1.1401 0.7371  0.3660 

10.102  Does  the  effect  ol  intermolecular  attrai  timi  on  the  proper- 
ties ot  a  gas  become  more  signifk  ant  or  less  significant  it 

(a)  the  gas  is  compressed  to  a  smaller  volume  «it  con- 
stant temperature;  (b)  the  temperature  ol  the  gas  is  in- 

creased at  constant  volume. 

10.103  For  nearly  all  real  gases,  the  quantit)  /'!'  Rl  decreases 
below  the  value  of  1 ,  which  i  haracterizes  an  ideal  gas, 
as  pressure  on  the  gas  increases.  At  mm  h  higher  pres- 

sures, however,  PV/RT  increases  and  rises  above  the 

Integrative  Exercises 

10.105  Cyclopropane,  a  gas  used  with  oxygen  as  a  general 
anesthetic,  is  composed  of  85.7%  C  and  14.3%  II  by 
mass,  (a)  If  1 .36  g  of  cyclopropane  has  a  volume  ol  1 .00  I . 
at  0.984  atm  and  30.0  C,  w  hat  is  the  molecular  formula 

of  cyclopropane?  (b)  [udging  from  its  molecular  formu- 
la, would  you  expect  cyclopropane  to  deviate  more  or 

less  than  Ar  from  ideal-gas  beha\  ior  at  moderate!)  high 
pressures  and  room  temperature?  Explain. 

10.106  Consider  the  combustion  reaction  between  2^.0  nil  ol  liq- 
uid methanol  (densit\  0.N50  g  ml  )  and  12.3  I  ot  oxy- 
gen gas  measured  at  STP.  The  products  ol  the  reac  tion  are 

CCKfx)  and  H20(g).  Calculate  the  number  of  moles  ol 
PDO  formed  if  the  reaction  goes  to  completion. 

[10.107]  A  4.00-g  sample  of  a  mixture  of  CaO  ami  Ba( )  is  placed 
in  a  1 .00-L  vessel  containing  CO2  gas  at  a  pressure  of  730 
torr  and  a  temperature  of  23  C.  The  CO:  reac  ts  with  the 
CaO  and  BaO,  forming  CaC03  and  BaCOv  When  the 
reaction  is  complete,  the  pressure  ol  the  remaining  COt 
is  150  torr.  (a)  Calculate  the  number  of  moles  ot  C(  )j  that 
have  reacted,  (b)  Calculate  the  mass  percentage  of  CaO 
in  the  mixture. 

10.108  In  the  "Chemistry  at  Work"  box  on  pipelines,  Section 
10.3,  it  is  mentioned  that  the  total  deliverability  of  natural 
gas  (methane,  CH4)  to  the  v  arious  regions  ol  the  United 

States  is  on  the  order  of  2.7  ■  10i_  L  per  day,  measured  at 
STP.  Calculate  the  total  enthalpy  change  tor  combustion 
of  this  quantity  of  methane.  (Note:  Less  than  this  amount 
of  methane  is  actually  combusted  daily.  Some  of  the  de- 

livered gas  is  passed  through  to  other  regions.) 
110.109]  A  gas  forms  when  elemental  sultur  is  heated  carefully  w  ith 

AgF.  The  initial  product  boils  at  1 3  C.  Experiments  on  sever- 
al samples  yielded  a  gas  density  of  0.803  t  0.010  g  I  for 

the  gas  at  130  mm  pressure  and  32  C.  When  the  gas  reacts 
with  water,  all  the  fluorine  is  converted  to  aqueous  I  IF. 

Other  products  are  elemental  sulfur,  Ss,  and  other  sulfur- 
containing  compounds.  A  480-mL  sample  ol  the  dry  gas 
at  126  mm  pressure  and  28  C,  when  reacted  with  80  ml 
of  water,  yielded  a  0.0NI  A!  solution  ot  III.  The  initial 
gaseous  product  undergoes  a  transformation  over  a 

value  ot  1.    (a)  Explain  the  initial  drop  in  valui 
PV  RT  below  I  and  the  fact  that  it  rises  above  i 

still  higher  pressures,  (b)  1  he  effects  we  have  | 
noted  are  smaller  tor  gases  .it  higher  temperature. 

\\  hv  is  this  so1 1 10.104]  Large  amounts  ot  nitrogen  gas  are  used  in  the  manufai  - 
ture  ot  ammonia,  principall)  tor  use  in  fertilizers.  Sup- 

pose 120.00  kg  of  N2(tf)  is  stored  in  .1  1100.0-1  metal 
cylinder  at  280  C.  (a)  Calculate  the  pressure  of  the  gas, 
assuming  ideal-gas  behavior,  (b)  B\  using  data  in 
Table  10.3,  calculate  the  pressure  ot  the  gas  according  to 

the  v  an  der  Waals  equation,  (c)  Under  tin'  conditions  ol 
this  problem,  which  correction  dominates,  the  one  for 
finite  volume  ol  gas  molecules  or  the  one  tor  attrac  tiv  c 

interactions1 

period  ol  time  to  a  second  compound  with  the  same  em- 
pirical and  molecular  formula,  w  hich  boils  at     10  C 

(a)  Determine  the  empirical  and  molecular  formulas  ot 

the  first  compound  formed,  (b)  I  )raw  at  leasl  two  reason- 
able I  ew  is  structures  that  represent  the  initial  compound 

and  the  one  into  which  it  is  transformed  over  time, 

(c)  Describe  the  likelv  geometries  ol  these  compounds, 
and  estimate  the  single  bond  distances,  given  that  the 
S  —  S  bond  distance  in  Ss  is  2.04  A  and  the  I  I  distaru  e 
in  F2  is  1.43  A 

10.110  Chlorine  dioxide  gas  (CIO2)  is  used  as  a  commercial 
bleaching  agent.  It  bleaches  materials  by  oxidizing 
them.  In  the  course  ot  these  reactions,  the  t  K  )2  is  itself 
reduced,  (a)  What  is  the  l  ew  is  structure  tor  <  I02? 

(b)  Why  do  you  think  that  CIO2  is  reduced  so  readil)  1 
(c)  When  a  CIO2  molecule  gains  an  electron,  the  chlo- 

rite ion,  C102  ,  forms  Draw  the  lewis  structure  lor 

C102  .  (d)  Predict  the  O  —  CI—  O  bond  angle  in  the 
CIO2  ion.  (e)  One  method  ot  preparing  (  I02  is  hv 
the  reaction  of  chlorine  and  sodium  1  hlorite: 

Cl2(g)  f  2NaC102(s)          2C102v£)  '  2  NaCl(s). 
If  you  allow  10.0  g  of  NaClOi  to  react  w  ith  2.00  I  ol 
chlorine  gas  at  a  pressure  ol  1.30  atm  at  21  C,  how 
man)  grams  ol  CIO2  tan  be  prepared? 

110.111]  Natural  gas  is  v  erv  abundant  in  manv  Middle  I  astern 

oil  fields.  I  [owever,  the  1  osts  ol  shipping  (he  gas  to  mar- 
kets in  other  parts  ol  the  world  are  high  because  it  is 

necessarv  to  liquetv  the  gas,  whuh  is  mainl)  methane 
and  thus  has  a  boiling  point  at  atmospherii  pressure  ol 

164  C.  One  possible  strategy  is  to  oxidize  the  methane 
to  methanol,  CI  I  ;( >l  I,  which  has  a  boiling  point  ol  65  ( 
and  can  therefore  be  shipped  more  readily  Suppose 
that  10.7  ■  10  ft"  ol  methane  at  atmospheri<  pn 
and  25  C  are  oxidized  to  methanol,  (a)  W  hal 
methanol    is   formed    it    the  Jensitv  ot 

0.791  g/mL?  (b)  Write  balanced  chemical 
the  oxidations  of  methane  and  moth 

and  1 120(/).  t  alculate  the  total  enth 
complete  combustion  ol  the  10.7  ethane 
described  above  and  for  complete  ion  ol  the 
equivalent  amount  ol  methanol,  .is  >  in  part  (a). 
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(c)  Methane,  when  liquefied,  has  a  density  of  0.466  g/mL; 

the  density  of  methanol  at  25 "C  is  0.791  g/mL.  Compare 
the  enthalpy  change  upon  combustion  of  a  unit  volume 
of  liquid  methane  and  liquid  methanol.  From  the  stand- 

point of  energy  production,  which  substance  has  the 
higher  enthalpy  of  combustion  per  unit  volume? 

[10.1121  Gaseous  iodine  pentafluoride,  [F5,  can  be  prepared  by 
the  reaction  of  solid  iodine  and  gaseous  fluorine: 

I2(s)  +  5F2(g)  >2W5(g)  ' 
A  5.00-L  flask  containing  10.0  g  I2  is  charged  with  10.0  g 
F2,  and  the  reaction  proceeds  until  one  of  the  reagents  is 
completely  consumed.  After  the  reaction  is  complete, 

the  temperature  in  the  flask  is  125°C.  (a)  What  is  the  par- 
tial pressure  of  IF5  in  the  flask?  (b)  What  is  the  mole- 

fraction  of  IF-,  in  the  flask? 

110.113]  A  (i.53-g  sample  of  a  mixture  of  magnesium  carbonate  and 
calcium  carbonate  is  treated  with  excess  hydrochloric 
acid.  The  resulting  reaction  produces  1.72  L  of  carbon 
dioxide  gas  at  28  C  and  743  torr  pressure,  (a)  Write  bal- 

anced chemical  equations  for  the  reactions  that  occur  be- 
tween hydrochloric  acid  and  each  component  of  the 

mixture,  (b)  Calculate  the  total  number  of  moles  of  carbon 
dioxide  that  forms  from  these  reactions,  (c)  Assuming  that 
the  reactions  are  complete,  calculate  the  percentage  by 
mass  ot  magnesium  carbonate  in  the  mixture. 

e  MEDIA  EXERCISES 

These  exercises  make  use  of  the  interactiv  e  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  comes  in  your  MediaPak. 

10.114  Using  the  Gas  Laws  activity  {10.3),  select  a  mass  and  a 
pressure  to  be  held  constant,  and  compare  the  volumes 
of  N2  and  Xe  at  various  temperatures.  Under  identical 
conditions — the  same  mass  at  the  same  pressure  and 
temperature — are  the  volumes  of  N2  and  Xe  equal?  If 
not,  explain  why. 

10.115  The  P-V  Relationships  animation  (20.3)  illustrates 

Boyle's  law  and  points  out  that  this  law  holds  only 
when  temperature  is  constant,  (a)  Reproduce  the  pres- 

sure versus  volume  graph  presented  in  the  movie. 

(b)  Using  the  ideal-gas  equation,  deduce  and  superim- 
pose on  your  graph  from  part  (a)  the  line  you  would  ex- 
pect on  the  P-V  plot  at  a  temperature  higher  than  the 

original  and  at  a  temperature  lower  than  the  original. 
(c)  Do  the  same  for  the  V  versus  \/P  plot. 

10.116  Automobile  air  bags  are  inflated  by  the  explosiv  e  de- 
composition of  sodium  azide,  as  shown  in  the  Air  Bags 

animation  {10.5).  (a)  If  an  air  bag  is  to  be  inflated  with 

40.0  L  of  gas,  initially  at  110°C  and  1.05  atm  pressure, 
what  mass  of  sodium  azide  must  be  available  for 

decomposition?  (b)  What  does  the  notation  O(s)  stand 

for  in  the  decomposition  reaction?  (c)  Why  is  it  impor- 
tant that  the  reactants  include  an  oxidant  to  react  with 

the  sodium  metal  produced  by  the  decomposition? 
10.117  Use  the  Density  of  Gases  activity  (70.5)  to  compare  the 

densities  of  two  different  gases  at  the  same  pressure  and 

temperature.  Explain  in  terms  of  kinetic-molecular  theo- 
ry why  the  molar  mass  of  a  gas  is  necessary  to  calculate 

the  density  of  a  gas,  but  not  to  determine  its  pressure. 
P.  II  11RT ■<  =  W    p  =  ir 

10.118  The  relativ  e  speeds  of  helium  and  neon  atoms  are  shown 
in  the  Kinetic  Energy  of  a  Gas  animation  (10.7).  (a)  If  the 
average  kinetic  energies  of  both  gases  are  the  same  at  a 
given  temperature,  determine  how  much  faster  helium 
atoms  are  moving  (on  av  erage)  than  neon  atoms,  (b)  How 

does  the  fact  that  average  kinetic  energy  of  a  gas  is  direct- 

ly proportional  to  absolute  temperature  explain  Boyle's 
observation  that  pressure  decreases  with  increasing  vol- 

ume at  constant  temperature?  (c)  How  does  it  explain 

Charles's  observation  that  pressure  increases  with  increas- 
ing temperature  at  constant  volume? 

eLABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  and  skills 
for  this  chapter  in  the  simulated  laboratory  of  Virtual  ChemLab. 
Worksheets  lor  each  of  these  exercises  are  found  in  the  Virtual 
ChemLab  Workbook  in  your  MediaPak. 

10.1 19  (VCI  10-1)  Boyle's  Law:  Pressure  and  Volume 
Roberl  Boyle,  a  philosopher  and  theologian,  studied  the 

properties  of  gases  in  the  seventeenth  century.  He  no- 
ticed thai  ;.;ases  behave  similarly  to  springs;  when  com- 

pressed 01  expanded,  they  tend  to  spring  back  to  their 
original  volume.  He  published  his  findings  in  lb62  in  a 
monograph  entitled  The  Spring  of  the  Air  ami  its  Effects. 
You  will  make  observations  similar  to  those  of  Robert 

Boyle  and  learn  about  the  relationship  between  the  pres- 
sure and  volume  ol  an  ideal  gas. 

10.120  (VCL  10-2)  Charles's  Law:  Temperature  and  Volume 
Charles's  law  was  discovered  by  Joseph  Louis  Gay- 
Lussac  in  1802,  based  on  unpublished  work  done  by 

Jacques  Charles  in  about  1787.  Charles  had  found  that 
a  number  of  gases  expand  to  the  same  extent  over  the 

same  80°  temperature  interval.  You  will  be  observing 
the  relationship  between  the  temperature  and  volume 
of  a  gas  similar  to  that  studied  by  Charles. 

10.121  (VCL  10-3)  Avogadro's  Law:  Moles  and  Volume 
In  1808,  Joseph  Gay-Lussac  observed  the  law  of  combin- 

ing values,  which  states  that  the  volumes  of  gases  that 
react  with  one  another  react  in  the  ratio  of  small  whole 

numbers.  Three  years  later,  Amedeo  Avogadro  built 
upon  this  observ  ation  by  proposing  what  is  now  known 
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as  Avogadro's  hypothesis:  Equal  volumes  of  gases  at  the 
same  temperature  and  pressure  contain  equal  numbers 

of  molecules.  Avogadro's  law,  which  states  the  relation- 
ship between  moles  and  volume,  followed  from  his  hy- 

pothesis. You  will  be  observing  the  same  principle  that 
Avogadro  stated  200  years  ago. 

10.122  (VCL  10-4)  Derivation  of  the  Ideal-Gas  I  azv 
An  ide.il  gas  is  a  hvpothetic.il  gas  whose  pressure,  vol- 

ume, and  temperature  follow  the  relationship 

PV  =  nRT.  Ideal  gases  do  not  actually  exist,  although 
all  real  gases  can  behave  like  an  ideal  gas  at  certain  tem- 

peratures and  pressures.  All  gases  tan  be  described  to 
some  extent  using  the  ideal-gas  law,  and  it  is  important 
in  our  understanding  of  how  all  gases  behave.  In  this  as- 

signment you  will  derive  the  ideal-gas  law  from  experi- 
mental observations. 

10.123  (VCL  10-5)  Dalton's  Law  of  Partial  Pressure 
Dalton's  law  of  partial  pressure,  named  alter  its  discov- 

erer John  Dalton,  describes  the  behavior  ol  gas  mixtures. 

It  states  that  the  total  pressure  of  the  gas,  /',,,, ,  is  the  sum 
of  the  partial  pressures  of  each  gas,  or  the  sum  of  the 
pressures  that  each  gas  would  exert  if  it  w  ere  alone  in 
the  container.  In  this  assignment  vou  will  beu>me  more 

familiar  with  Dalton's  law. 

10.124  (VCL  10-6)  Ideal  versus  Real  Gases 
At  room  temperature  and  normal  atmospheric  pn 

sures,  real  gases  behave  similarly  to  ideal  gases,  but  \w 
gases  can  dev  iate  significantly  from  ideal-gas  behavioi 
at  extreme  conditions  such  as  high  temperatures  and 
high  pressures.  It  is  not  always  easv  to  find  an  effective 
means  to  show  the  de\  iation  from  ideal-gas  behav  ior 
for  real  gases.  .An  effective  but  simple  method  to  sec 
these  deviations  is  to  calculate  the  v  alue  ol  /\.  the  ideal- 
gas  constant,  lor  real  gases,  assuming  they  follow  the 
ideal-gas  law,  ami  then  compare  the  value  tor  R  against 
the  actual  value  of  0.08205  L-atm  mol-K.  In  this  assign- 

ment you  will  measure  /',  V,  T,  and  /;  lor  various  real 
gases  under  different  conditions  and  then  calculate  the 
value  for  R  and  compare  it  to  its  actual  value. 

10.125  (VCL  10-7)  The  Effect  of  Mass  on  Pressure 
An  understanding  ot  pressure  is  an  integral  part  of  our 
understanding  ol  the  behavior  ot  gases.  Pressure  is  de- 

fined as  the  force  per  unit  area  exerted  by  a  gas  or  other 
medium.  The  pressure  ot  a  gas  is  affected  by  many  vari- 

ables, such  as  temperature,  external  pressure,  volume, 
moles  of  a  gas,  and  other  factors.  This  assignment  w  ill 
help  vou  become  more  familiar  with  pressure  and  the 
effect  of  adding  mass  to  a  frictionless,  massless  piston. 
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11.1  A  Molecular  Comparison 
of  Gases,  Liquids,  and  Solids 

11.2  Intermodular  Forces 
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11.4  Phase  Changes 
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11.6  Phase  Diagrams 

11.7  Structures  of  Solids 

11.8  Bonding  in  Solids 

WHAT'S  AHEAD 

•  We  begin  with  a  brief  comparison 
of  solids,  liquids,  and  gases  from  a 
molecular  perspective,  which  reveals 
the  important  roles  that  temperature 
and  intermolecular  forces  play  in 
determining  the  physical  state  of  a 
substance.  (Section  11.1) 

•  We  then  examine  the  main  kinds  of 
intermolecular  forces  that  occur 
within  and  between  substances: 

ion-dipole  forces,  dipole-dipole  forces, 
London  dispersion  forces,  and  hydrogen 
bonds.  (Section  11.2) 

•  We  will  learn  that  the  nature  and 

strength  of  the  intermolecular  forces 
between  molecules  are  laigelv 
responsible  for  many 

properties  of  liquids, 
including  their  viscosity, 
which  is  a  measure  of  a 

liquid's  resistance  to  flow,  and 
surface  tension,  which  is  a  measure 

of  a  liquid's  resistance  to 
increasing  its  surface  area. 
(Section  11.3) 

•  We'll  explore  phase  changes, 
the  transitions  of  matter 
between  the  gaseous,  liquid, 
and  solid  states,  and  the  energy 
changes  that  accompany  phase 

changes.  (Section  11.4) 

•  Weil  examine  the  dynamic 
equilibrium  that  exists  between  a 
liquid  and  its  gaseous  state  and 
introduce  the  idea  of  vapor  pressure. 
A  liquid  boils  when  its  vapor 
pressure  equals  the  pressure  acting 
on  the  surface  of  the  liquid. (Section  11.5) 

•  In  a  phase  diagram  the  equilibria 
among  the  gaseous,  liquid,  and  solid 
phases  are  displayed  graphically. 
(Section  11.6) 

•  Finally,  we'll  examine  solids.  Orderly 
arrangements  of  molecules  or  ions  in 
three  dimensions  characterize 

crystalline  solids.  We'll  examine  how the  structure  of  a  crystalline  solid 

can  be  conveyed  in  terms  of  its  unit 
cell  and  how  simple  molecules  and 
ions  are  most  efficiently  arranged 
in  three  dimensions.  (Section  11.7) 

Solids  can  be  characterized  and 

classified  according  to  the  attractive 
forces  between  their  component 
atoms,  molecules,  or  ions.  We 
examine  four  such  classes:  molecular 

solids,  covalent-network  solids,  ionic 
solids,  and  metallic  solids. 

(Section  11.8) 



Intermolecular  Forces, 

Liquids,  and  Solids 

SITTING  IN  A  HOT  SPRING  ON  A  SNOWY  day  is  not  something 

many  of  us  have  experienced.  If  we  were  in  the  hot 

spring  shown  in  the  chapter-opening  photo,  how- 

ever, we  would  be  surrounded  simultaneously 

by  all  three  phases  of  water — gas,  liquid,  and 
solid.  The  water  vapor — or  humidity — in  the  air,  the  water  in  the  hot 

spring,  and  the  surrounding  snow  arc  all  forms  of  the  same  sub- 
stance, H20.  They  all  have  the  same  chemical  properties.  Their 

physical  properties  differ  greatly,  however,  because  the  physical 
properties  of  a  substance  depend  on  its  physical  state.  In 
Chapter  10  we  discussed  the  gaseous  state  in  some  detail.  In 

this  chapter  we  turn  our  attention  to  the  physical  properties 
of  liquids  and  solids  and  to  the  phase  changes  that  occur 
between  the  three  states  of  matter. 

Many  of  the  substances  that  we  will  consider  in 

this  chapter  are  molecular.  In  fact,  virtually  all  sub- 
stances that  are  liquids  at  room  temperature  are 

molecular  substances.  The  intramolecular  forces 

within  molecules  that  give  rise  to  covalent  bond- 
ing influence  molecular  shape,  bond  energies, 

and  many  aspects  of  chemical  behav  ior.  I  he 

physical  properties  of  molecular  liquids  and 
solids,    however,    are    due    largel)  to 
intermolecular  forces,   the   forces  that 
exist  between  molecules.  We  learned  in 

Section  10.9  that  attractions  between 

gas  molecules  lead  to  deviations  from 

ideal-gas  behavior.  But  how  do  these 
intermolecular  attractions  arise?  I  >} 

understanding   the   nature  and 

strength      of  intermolecular 
forces,  we  can  begin  to  relate 

the  composition  anil  struc- 
ture of  molecules  b  >  their 

physical  properties. 

THE  WATER  IN  HOT  SPRINGS  is  at  least  5-10°C  warmer  than  the  mean  annual  air  temperature  where 
they  are  located.  There  are  over  1000  hot  springs  in  the  United  States,  the  majority  in  the  West.  Some  hot 
springs  are  popular  for  bathing  while  others  are  far  too  hot  for  people  to  safely  enter  them. 

443 
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TABLE  11.1    Some  Characteristic  Properties  of  the  States  of  Matter 

MOVIE 
Physical  Properties  of  the  Halogens 

Gas  Assumes  both  the  volume  and  shape  of  its  container 
Is  compressible 
Flows  readily 

Diffusion  within  a  gas  occurs  rapidly 
Liquid  Assumes  the  shape  of  the  portion  of  the  container  it  occupies 

Does  not  expand  to  fill  container- 
Is  \  irtually  incompressible Flow  s  readily 

Diffusion  within  a  liquid  occurs  slowly 
Solid  Retains  its  own  shape  and  volume 

Is  v  irtually  incompressible 
Does  not  flow 
Diffusion  within  a  solid  occurs  extremely  slowly 

11.1 A  Molecular  Comparison  of  Gases, 

Liquids,  and  Solids 

Some  of  the  characteristic  properties  of  gases,  liquids,  and  solids  are  listed  in 

Table  11.1  ▲.  These  properties  can  be  understood  in  terms  of  the  energy  of  mo- 

tion (kinetic  energy)  of  the  particles  of  each  state  compared  to  the  intermolecu- 
lar forces  between  those  particles.  As  we  learned  from  the  kinetic-molecular 

theory  of  gases  in  Chapter  10,  the  average  kinetic  energy,  which  is  related  to  the 

particle's  average  speed,  is  proportional  to  the  absolute  temperature. 
Gases  consist  of  a  collection  of  widely  separated  molecules  in  constant, 

chaotic  motion.  The  average  energy  of  the  attractions  between  the  molecules  is 
much  smaller  than  their  average  kinetic  energy.  The  lack  of  strong  attractive 
forces  between  molecules  allows  a  gas  to  expand  to  fill  its  container. 

In  liquids  the  intermolecular  attractive  forces  are  strong  enough  to  hold 

molecules  close  together.  Thus,  liquids  are  much  denser  and  far  less  compress- 
ible than  gases.  Unlike  gases,  liquids  have  a  definite  volume,  independent  of 

the  size  and  shape  of  their  container.  The  attractive  forces  in  liquids  are  not 

strong  enough,  however,  to  keep  the  molecules  from  mov  ing  past  one  another. 
Thus,  any  liquid  can  be  poured,  and  it  assumes  the  shape  of  whatever  portion 
of  its  container  it  occupies. 

In  solids  the  intermolecular  attractive  forces  are  strong  enough  not  only  to 

hold  molecules  close  together,  but  to  virtually  lock  them  in  place.  Solids,  like 
liquids,  are  not  very  compressible  because  the  molecules  have  little  free  space 
between  them.  Because  the  particles  in  a  solid  or  liquid  are  fairly  close  together 
compared  with  those  of  a  gas,  we  often  refer  to  solids  and  liquids  as  condensed 

phases.  Often  the  molecules  of  a  solid  take  up  positions  in  a  highly  regular  pat- 
tern. Solids  that  possess  highly  ordered  structures  are  said  to  be  crystalline.  (The 

transition  from  a  liquid  to  a  crystalline  solid  is  rather  like  the  change  that  occurs 

on  a  military  parade  ground  when  the  troops  are  called  to  formation.)  Because 

the  particles  of  a  solid  are  not  free  to  undergo  long-range  movement,  solids  are 
rigid.  Keep  in  mind,  however,  that  the  units  that  form  the  solid,  whether  ions  or 
molecules,  possess  thermal  energy  and  vibrate  in  place.  This  vibrational  motion 
increases  in  amplitude  as  a  solid  is  heated.  In  fact,  the  energy  may  increase  to 
the  point  that  the  solid  either  melts  or  sublimes. 

Figure  11.1  ►  compares  the  three  states  of  matter.  The  particles  that  com- 
pose the  substance  can  be  individual  atoms,  as  in  Ar;  molecules,  as  in  FhO;  or 

ions,  as  in  NaCl.  The  state  of  a  substance  depends  largely  on  the  balance  between  the 
kinetu  energies  of  the  particles  and  the  interparticle  energies  of  attraction.  The  kinetic 
energies,  which  depend  on  temperature,  tend  to  keep  the  particles  apart  and 

moving.  The  interparticle  attractions  tend  to  draw  the  particles  together.  Sub- 
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C  ool  or 

compress 

1  leal  or 
reduce 

pressure 

Cool 

leat 

Gas 

Total  disorder  much 

empty  space;  particles 
have  complete 
freedom  of  motion; 
particles  far  apart 

Liquid 

Disorder;  particles 
or  clusters  of 

particles  are  tree to  mo\  e  relative  to 
each  other;  partic  les 
(  lose  together 

Crystalline  solid 

Ordered  arrangement; 
particles  are  essentially 
in  fixed  positions; 

particles  close  together 

stances  that  are  gases  at  room  temperature  have  weaker  interparticle  attrac- 
tions than  those  that  are  liquids;  substances  that  are  liquids  have  weaker  inter- 

particle attractions  than  those  that  are  solids. 
We  can  change  a  substance  from  one  state  to  another  b\  heating  or  cooling, 

which  changes  the  average  kinetic  energy  of  the  particles.  NaCl,  for  exam- 

ple, which  is  a  solid  at  room  temperature,  melts  at  801  C  and  boils  at  1413°C 
under  1  atm  pressure.  N2O,  on  the  other  hand,  which  is  <i  gas  at  room  tempera- 

ture, liquefies  at  -88.5°C  and  solidifies  at  -  90.8  C  under  I  atm  pressure.  As  the 
temperature  of  a  gas  decreases,  the  average  kinetic  energy  of  its  particles  de- 

creases, allowing  the  attractions  between  the  particles  to  first  draw  the  particles 

close  together,  forming  a  liquid,  and  then  virtually  locking  (hem  in  place,  form- 
ing a  solid. 
Increasing  the  pressure  on  a  gas  forces  the  mole<  ules  c  loser  together,  which 

in  turn  increases  the  strength  of  the  intermolecular  forces  of  attraction.  Propane 
(C^HK)  is  a  gas  at  room  temperature  and  1  atm  pressure,  whereas  liquefied 
propane  (LP)  gas  is  a  liquid  at  room  temperature  because  it  is  stored  under 
much  higher  pressure. 

9 GIVE  IT  SOME  THOUGHT 

How  does  the  energy  of  attraction  between  particles  compare  with  their  kinetic  en- 
ergies in  (a)  a  gas,  (b)  a  solid? 

<  Figure  11.1  Molecular-level 
comparison  of  gases,  liquids,  and  solids. 
The  particles  can  be  atoms,  ions,  or  molecules 
The  density  of  particles  in  the  gas  phase  is 
exaggerated  compared  with  most  real  situations 

ACTIVITY 
Phases  of  Matter 

11.2  I  Intermolecular  Forces 

The  strengths  of  intermolecular  forces  of  different  substances  vary  over  a  wide 
range,  but  they  are  generally  much  weaker  than  ionic  or  covalent  bonds 
(Figure  11.2  ►).  Less  energy,  therefore,  is  required  to  vaporize,  or  evaporate,  a 

liquid  or  to  melt  a  solid  than  to  break  covalent  bonds  in  molecules.  Lor  exam- 
ple, only  16  kj  mol  is  required  to  ov  ercome  the  intermolecular  attractions  be- 

tween HC1  molecules  in  liquid  HCI  in  order  to  vaporize  it.  In 
contrast,  the  energy  required  to  break  the  covalent  bond  to 
dissociate  HCI  into  H  and  CI  atoms  is  431  kj/mol.  Thus, 
when  a  molecular  substance  like  HCI  changes  from  solid  to 
liquid  to  gas,  the  molecules  themselves  remain  intact. 

Many  properties  of  liquids,  including  their  boiling  points,  re- 
flect the  strengths  of  the  intermolecular  forces.  For  example,  be- 

cause the  forces  between  HCI  molecules  are  so  weak,  HCI  boils  at  a 

very  low  temperature,  — 85°C  at  atmospheric  pressure.  A  liquid  boils 

Covalent  bond (strong) 

T  Figure  11.2   Intermolecular  attraction. 
Comparison  of  a  covalent  bond  (an 
intramolecular  force)  and  an  intermolecular 
attraction.  Because  intermolecular  attractions  .it- 
weaker  than  covalent  bonds,  they  are  usually 
represented  by  dashes  or  dots. 

when  bubbles  of  its  vapor  form  within  the  liquid.  The  molecules  of  a  liquid all; >  lion  (weak) 
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Cation-dipol  e  attra  ctions 

(a) 

▲  Figure  11.3   lon-dipole  attractions. 
Illustration  of  the  preferred  orientations  of  polar 
molecules  toward  ions.  The  negative  end  of  the 
dipoles  is  oriented  toward  a  cation  (a),  and  the 
positive  end  of  the  dipoles  is  oriented  toward  an 
anion  (b). 

▼  Figure  11.4   Dipole-dipole  attractions. 
The  interaction  of  many  dipoles  in  a  condensed 
state.  There  are  both  repulsive  interactions 
between  like  charges  and  attractive  interactions 
between  unlike  charges,  but  the  attractive 
interactions  predominate. 

^tf^     must  overcome  their  attractive  forces  in  order  to 

~h      J     separate  and  form  a  vapor.  The  stronger  the  atrrac- 
k  jV      tive  forces,  the  higher  is  the  temperature  at  which 
»  the  liquid  boils.  Similarly,  the  melting  points  of  solids 

increase  as  the  strengths  of  the  intermolecular  forces 
increase. 

Three  types  of  intermolecular  attractive  forces  are 

known  to  exist  between  neutral  molecules:  dipole- 
dipole  forces,   London  dispersion   forces,  and 

hydrogen-bonding  forces.  These  forces  are  also 
called  van  der  Wants  forces  after  Johannes  van  der 

Waals,  who  developed  the  equation  for  predict- 
ing the  deviation  of  gases  from  ideal  behavior. 

Another  kind  of  attractive  force, 

tlie  ion-dipole  force,  is  important  in  solutions.  All 
four  forces  are  electrostatic  in  nature,  involving  at- 

tractions between  positive  and  negative  species.  All  tend  to  be  less  than  15%  as 

strong  as  covalent  or  ionic  bonds. 

lon-Dipole  Forces 

An  ion-dipole  force  exists  between  an  ion  and  the  partial  charge  on  the  end  of 
a  polar  molecule.  Polar  molecules  are  dipoles;  they  have  a  positive  end  and  a 
negative  end.  HC1  is  a  polar  molecule,  for  example,  because 
the  electronegativities  of  the  H  and  CI  atoms  differ. 

Positive  ions  are  attracted  to  the  negative  end  of  a  dipole,  whereas  negative 
ions  are  attracted  to  the  positive  end,  as  shown  in  Figure  11.3  A.  The  magnitude 
of  the  attraction  increases  as  either  the  charge  of  the  ion  or  the  magnitude  of  the 

dipole  moment  increases.  Ion-dipole  forces  are  especially  important  for  solu- 
tions of  ionic  substances  in  polar  liquids,  such  as  a  solution  of  NaCl  in  water. 

We  will  discuss  these  solutions  in  more  detail  in  Section  13.1. 

An  ion-dipole  attractions 

(b) 

GIVE  IT  SOME  THOUGHT 

The  interaction  between  any 
two  like  charges  is  repulsive 
(clashed  blue  lines). 

In  which  of  the  following  mixtures  do  you  encounter  ion-dipole  forces:  CH3OH  in 
water  or  Ca(N03)2  in  water? 

Dipole-Dipole  Forces 

Neutral  polar  molecules  attract  each  other  when  the  positive  end  of  one  mole- 
cule is  near  the  negative  end  of  another,  as  in  Figure  11.4(a)  A.  These  dipole- 

dipole  forces  are  effective  only  when  polar  molecules  are  very  close  together, 

and  they  are  generally  weaker  than  ion-dipole  forces. 
In  liquids  polar  molecules  are  free  to  move  with  respect  to  one  another.  As 

shown  in  Figure  11.4(b),  they  will  sometimes  be  in  an  orientation  that  is  attrac- 
tive (red  solid  lines)  and  sometimes  in  an  orientation  that  is  repulsive  (blue 

dashed  lines).  Two  molecules  that  are  attracting  each  other  spend  more  time 

near  each  other  than  do  two  that  are  repelling  each  other.  Thus,  the  overall  ef- 
fect is  a  net  attraction.  When  we  examine  various  liquids,  we 

find  that  for  molecules  of  approximately  equal  mass  and  size,  the 

strengths  of  intermolecular  attractions  increase  with  increasing  po- 
larity.  We  can  see  this  trend  in  Table  11.2  ►,  which  lists  several 

substances  with  similar  molecular  weights  but  different  di- 
pole moments.  Notice  that  the  boiling  point  increases  as  the 

dipole  moment  increases.  For  dipole-dipole  forces  to  operate, 
the  molecules  must  be  able  to  get  close  together  in  the  correct 

The  interaction  between  any 
two  opposite  charges  is 
attractive  (solid  red  lines). 



Interi 

TABLE  11.2  Molecular  Weights,  Dipole  Moments,  and  Boiling  Points 
of  Several  Simple  Organic  Substances 

Molecular 
Dipole  Moment Boiling  Point 

Substance Weight  (amu) /.  (D) 
(K) 

Propane,  CH3CH2CH3 1  1 
0.1 

231 
Dimethyl  ether,  (  1 1  (  Kl  1  , [6 1.3 

24S Methyl  chloride,  CH3C1 
30 

1.9 
249 

Acetaldehyde,  CH3CHO 1  ] 2.7 294 

Acetonitrile,  C  1 1  c  \ 1 
3.9 

353 

orientation,  lor  molecules  of  comparable  polarity,  therefore,  those  with  smaller 

molecular  volumes  generally  experience  higher  dipole-dipole  attractive  forces. 

Q    GIVE  IT  SOME  THOUGHT 

For  which  of  the  substances  in  Table  11.2  are  the  dipole-dipole  attractive  forces 
greatest? 

London  Dispersion  Forces 

There  can  be  no  dipole-dipole  forces  between  nonpolar  atoms  and  molecules.  There 
must  be  some  kind  of  attractive  interactions,  however,  because  nonpolar  gases 
can  be  liquefied.  The  origin  of  this  attraction  was  lirsi  proposed  in  LL30  by  Fritz 

London,  a  German-American  physicist.  London  recognized  that  the  motion  of 
electrons  in  an  atom  or  molecule  can  create  an  instantaneous,  or  momentary,  di- 

pole moment. 
In  a  collection  of  helium  atoms,  for  example,  the  average  distribution  of  the 

electrons  about  each  nucleus  is  spherically  symmetric  al.  I  he  atoms  are  nonpo- 
lar and  possess  no  permanent  dipole  moment.  I  he  instantaneous  distribution  of 

the  electrons,  however,  can  be  different  from  the  average  distribution.  If  we 
could  freeze  the  motion  ot  the  electrons  in  a  helium  atom  .it  any  given  instant, 
both  electrons  could  be  on  one  side  ot  the  nuc  leus.  At  just  that  instant,  then,  the 

atom  would  have  an  instantaneous  dipole  moment. 
Because  electrons  repel  one  another,  the  motions  of  electrons  on  one  atom 

influence  the  motions  of  electrons  on  its  neighbors.  Thus,  the  temporary  dipole 

on  one  atom  can  induce  a  similar  temporary  dipole  on  an  adjacent  atom,  caus- 

ing the  atoms  to  be  attracted  to  each  other  as  shown  in  Figure  11.5  T.  This  at- 
tractive interaction  is  called  the  London  dispersion  force  (or  merely  the 

dispersion  force).  This  force,  like  dipole-dipole  forces,  is  significant  only  when 
molecules  are  very  close  together. 

The  strength  of  the  dispersion  force  depends  on  the  ease  w  ith  which  the 

charge  distribution  in  a  molecule  can  be  distorted  to  induce  a  momentary  di- 
pole. The  ease  with  which  the  electron  distribution  in  a  molecule  is  distorted  is 

called  its  polarizability.  We  can  think  ot  the  polarizability  ot  a  molecule  as  a 

measure  of  the  "squashiness"  of  its  electron  cloud;  the  greater  tin-  polarizability 

Electrostatic 
attraction 

Helium  atom  I lelium  atom 

(a) 
il.) 

■4  Figure  11.5   Dispersion  forces. 
average,  the  charge  distribution  in  the  helium 
atoms  is  spherical,  as  represented  by  th 
in  (a).  At  a  particular  instant,  however,  there  1 
be  a  nonsphencal  arrangement  of  the 
as  indicated  by  the  location  of  the 
in  (a)  and  by  the  nonspherical 
electron  cloud  in  (b).  Tin-  no 
distributions  produce  moi 
allow  momentary  eli 

between  atoms  that , ne  1  1  dispersion 
forces  or  merely  dr 
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jj-Pentane 

(bp  =  309.4  K) 

1  TABLE  11.3    Boiling  Points  of  the  Halogens  and  the  Noble  Gases  1 

Halogen Molecular 

Boiling 

Noble Molecular 

Boiling 

Weight  (amu) Point  (K) Gas Weight  (amu) 
Point (K) 

1  i 38.0 
85.1 

He 

4.0 

4.6 

Cl2 

71.0 238.6 Ne 20.2 27.3 

Br2 

1  _^).,s 

332.0 

Ar 

39.9 

87.5 

[2 

253.8 457.6 Kr 
83.8 120.9 

Xe 

131.3 
166.1 

of  the  molecule,  the  more  easily  its  electron  cloud  can  be  distorted  to  give  a  mo- 
mentary dipole.  Therefore,  more  polarizable  molecules  have  stronger  disper- 

sion forces.  In  general,  larger  molecules  tend  to  have  greater  polarizabilities 
because  they  have  a  greater  number  of  electrons  and  their  electrons  are  farther 

from  the  nuclei.  The  strength  of  the  dispersion  forces,  therefore,  tends  to  in- 
crease with  increasing  molecular  size.  Because  molecular  size  and  mass  gener- 

ally parallel  each  other,  dispersion  forces  tend  to  increase  in  strength  with  increasing 

molecular  weight.  Thus,  the  boiling  points  of  the  halogens  and  the  noble  gases  in- 
crease with  increasing  molecular  weight  (Table  11.3  ▲). 

9 
GIVE  IT  SOME  THOUGHT 

List  the  substances  CCI4,  CBr4,  and  CH4  in  order  of  increasing  (a)  polarizability, 

(b)  strength  of  dispersion  forces. 

Neopentane 
(bp  =  282.7  K) 

A  Figure  11.6  Molecular  shape  affects 
intermolecular  attraction.  The  n -pentane 
molecules  make  more  contact  with  each  other 

than  do  the  neopentane  molecules.  Thus,  n- 
pentane  has  the  greater  intermolecular  attractive 
forces  and  therefore  has  the  higher  boiling 
point  (bp). 

The  shapes  of  molecules  also  influence  the  magnitudes  of  dispersion 

forces.  For  example,  H-pentane*  and  neopentane,  illustrated  in  Figure  11.6  A, 
have  the  same  molecular  formula  (CsH^),  yet  the  boiling  point  of  //-pentane 

is  27  K  higher  than  that  of  neopentane.  The  difference  can  be  traced  to  the  dif- 
ferent shapes  of  the  two  molecules.  The  overall  attraction  between  molecules 

is  greater  for  //-pentane  because  the  molecules  can  come  in  contact  over  the 

entire  length  of  the  long,  somewhat  cylindrically  shaped  molecule.  Less  con- 
tact is  possible  between  the  more  compact  and  nearly  spherical  molecules  of 

neopentane. 

Dispersion  forces  operate  between  all  molecules,  whether  they  are  polar  or  non- 
polar.  Polar  molecules  experience  dipole-dipole  interactions,  but  they  also  ex- 

perience dispersion  forces  at  the  same  time.  In  fact,  dispersion  forces  between 
polar  molecules  commonly  contribute  more  to  intermolecular  attractions  than 

do  dipole-dipole  forces.  In  liquid  HC1,  for  example,  dispersion  forces  are  esti- 
mated to  account  for  more  than  80%  of  the  total  attraction  between  molecules; 

dipole-dipole  attractions  account  for  the  rest. 
When  comparing  the  relative  strengths  of  intermolecular  attractions  in  two 

substances,  the  following  generalizations  should  be  considered: 

1.  When  the  molecules  of  two  substances  have  comparable  molecular  weights 

and  shapes,  dispersion  forces  are  approximately  equal  in  the  two  sub- 
stances. In  this  case  differences  in  the  magnitudes  of  the  attractive  forces 

are  due  to  differences  in  the  strengths  of  dipole-dipole  attractions,  with  the 
more  polar  molecules  having  the  stronger  attractions. 

2.  When  the  molecules  of  two  substances  differ  widely  in  molecular  weights, 
dispersion  forces  tend  to  be  decisive  in  determining  which  substance  has 

the  stronger  intermolecular  attractions.  In  this  case  differences  in  the  mag- 

'  I  he  ii  in  //-pentane  is  an  abbreviation  for  the  word  normal.  A  normal  hydrocarbon  is  one  in  which 
tlic  carbon  atoms  are  arranged  in  a  straight  chain. 
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nitudes  of  the  attractiv  e  forces  can  usually  be  associated  with  differences  in 

molecular  weights,  with  the  substance  made  up  ol  the  more  massive  mole- 
cule having  the  strongest  attractions. 

The  hydrogen  bond,  which  we  consider  after  Sample  Exercise  III,  is  a  special 

type  of  dipole-dipole  attraction  that  is  typically  stronger  than  dispersion  Knees. 

■■  SAMPLE  EXERCISE  1 1.1  |  Comparing  Intermolecular  Forces 

The  dipole  moments  of  acetonitrile,  C  1 1  .(  \,  and  methyl  iodide,  CH3I,  are  3.9  D  and 
1 .62  D,  respectiv  ely,  (a)  Which  of  these  substances  will  have  the  greater  dipole-dipole 
attractions  among  its  molecules1  (b)  Which  ol  these  substances  will  have  the  greater 
London  dispersion  attractions?  (c)  the  boiling  points  of  CH3CN  and  CH3I  are 
354.8  K  and  315.6  K,  respectively.  Which  substance  has  the  greater  overall  attractive 
forces? 

Solution  (a)  Dipole-dipole  attractions  nn  lease  in  magnitude  .is  the  dipole  moment 
of  the  molecule  increases.  Thus,  CH3CN  molecules  attract  each  other  by  stronger 
dipole-dipole  forces  than  CH3I  molecules  do.  (b)  When  molecules  differ  in  their  mol- 

ecular weights,  the  more  massive  molecule  generally  has  the  stronger  dispersion  at- 
tractions. In  this  case  CH-4  (142.0  amu)  is  much  more  massive  than  ChhCN 

(41.0  amu),  so  the  dispersion  forces  will  be  stronger  for  CH3I.  (c)  Because  CH  -,CN  has 
the  higher  boiling  point,  we  can  conclude  that  more  energy  is  required  to  overcome 
attractive  forces  between  CH3CN  molecules.  I  luis,  the  total  intermolecular  attrac- 

tions are  stronger  for  CH-,CN,  suggesting  that  dipole-dipole  forces  are  decisive  when 
comparing  these  two  substances.  Nevertheless,  dispersion  forces  play  an  important 
role  in  determining  the  properties  of  CH  5I. 

■H  PRACTICE  EXERCISE 

Of  Btx,  Ne,  HC1,  HBr,  and  Ni,  which  is  likely  to  hav  e  (a)  the  largest  intermolecular 
dispersion  forces,  (b)  the  largest  dipole-dipole  attra<  tive  forces? 
Answers:   (a)  Br2  (largest  molecular  weight),  (b)  I  K  I  (largest  polantv  ) 

Hydrogen  Bonding 

Figure  11.7  ►  shows  the  boiling  points  of  the  simple  hydrogen  compounds  of 

group  4A  and  6A  elements.  In  general,  the  boiling  point  increases  with  increas- 

ing molecular  weight,  owing  to  increased  dispersion  forces.  The  notable  excep- 
tion to  this  trend  is  FhO,  whose  boiling  point  is  much  higher 

than  we  would  expect  on  the  basis  of  its  molecular  weight. 

This  observation  indicates  that  there  are  stronger  intermolec- 
ular attractions  between  HiO  molecules  than  there  are  be-  111(1 

tween  other  molecules  in  the  same  group.  The  compounds 
NH3  and  HF  likewise  have  abnormally  high  boiling  points.  In 

fact,  these  compounds  have  many  characteristics  that  distin- 
guish them  from  other  substances  of  similar  molecular  weight  u 

and  polarity.  For  example,  water  has  a  high  melting  point,  a  11 
high  specific  heat,  and  a  high  heat  of  vaporization.  Each  ol 

these  properties  indicates  that  the  intermolecular  forces  be- 

tween FhO  molecules  are  abnormally  strong.  p~ 
The  strong  intermolecular  attractions  in  FhO  result  f- 

from  hydrogen  bonding.  Hydrogen  bonding  is  a  special 
type  of  intermolecular  attraction  between  the  hydrogen  atom  in  a 

polar  bond  (particularly  an  H  —  F,  H  —  O,  or  H  —  N  bond)  and 
an  unshared  electron  pair  on  a  nearby  small  electronegative  ion 
or  atom  (usually  an  F,  O,  or  N  atom  in  another  molecule).  For 
example,  a  hydrogen  bond  exists  between  the  H  atom  in  an 
HF  molecule  and  the  F  atom  of  an  adjacent  HF  molecule, 

F  —  H  -  F  —  H  (where  the  dots  represent  the  hydrogen 

ANIMATION 
Hydrogen  Bonding 

CH, 

▼  Figure  11.7   Boiling  point  as  a  function 
of  molecular  weight.  The  boiling  points  of  the 
group  4A  (bottom)  and  6A  (top)  hydrides  are 
shown  as  a  function  of  molecular  weight.  In 
general,  the  boiling  points  increase  with 
increasing  molecular  weight,  because  of  the 
increasing  strength  of  dispersion  forces  The  very 
strong  hydrogen-bonding  forces  between  H20 
molecules,  however,  cause  water  to  have  an 
unusually  high  boiling  point. 

Il-li 

,SnHi 

50  150 
Molecular  weigh 
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H— 0:---H— O: 

II  H 

II 1 1 

H  —  N:---H—  N: 

H  H 

I  I 

H  — N: 

1 1 

H— 6: 

I  I 

•H— O: 

II 

II 

•H— N: 

1 1 

▲  Figure  11.8  Examples  of  hydrogen 
bonding.  The  solid  lines  represent  covalent 
bonds;  the  red  dotted  lines  represent 
hydrogen  bonds. 

ACTIVITY 
Hydrogen  Bonding  in  Water 

bond  between  the  molecules).  Several  additional  examples  are  shown  in 

Figure  11.8  < 
Hydrogen  bonds  can  be  considered  unique  dipole-dipole  attractions.  Be- 

cause F,  N,  and  O  are  so  electronegative,  a  bond  between  hydrogen  and  any  of 
these  three  elements  is  quite  polar,  with  hydrogen  at  the  positive  end: 

<  h       <  h       <  h 

N  — H 
O  —  H 

F  — H 
The  hydrogen  atom  has  no  inner  core  of  electrons.  Thus,  the  positive  side  of  the 
bond  dipole  has  the  concentrated  charge  of  the  partially  exposed,  nearly  bare 
proton  of  the  hydrogen  nucleus.  This  positive  charge  is  attracted  to  the  negative 

charge  of  an  electronegative  atom  in  a  nearby  molecule.  Because  the  electron- 

poor  hydrogen  is  so  small,  it  can  approach  an  electronegative  atom  very  close- 
ly and  thus  interact  strongly  with  it. 

■1  SAMPLE  EXERCISE  11.2  |  Identifying  Substances  that  Can  Form 

Hydrogen  Bonds 
In  which  of  the  following  substances  is  hydrogen  bonding  likely  to  play  an  important 
role  in  determining  physical  properties:  methane  (CH4),  hydrazine  (H2NNH2), 
methyl  fluoride  (CH^F),  or  hydrogen  sulfide  (H2S)? 

Solution 
Analyze:  We  are  given  the  chemical  formulas  of  four  substances  and  asked  to  predict 
whether  they  can  participate  in  hydrogen  bonding.  All  ef  these  compounds  contain 
H,  but  hydrogen  bonding  usually  occurs  only  when  the  hydrogen  is  covalently  bond- 

ed to  N,b,  or  F. 
Plan:  We  can  analyze  each  formula  to  see  if  it  contains  N,  O,  or  F  directly  bonded  to 
H.  There  also  needs  to  be  an  unshared  pair  of  electrons  on  an  electronegative  atom 
(usually  N,  O,  or  F)  in  a  nearby  molecule,  which  can  be  revealed  by  drawing  the 
Lewis  structure  for  the  molecule. 
Solve:  The  criteria  listed  above  eliminate  CH4  and  H2S,  which  do  not  contain  H 

bonded  to  N,  O,  or  F.  They  also  eliminate  CH3F,  whose  Lewis  structure  shows  a  cen- 
tral C  atom  surrounded  by  three  H  atoms  and  an  F  atom.  (Carbon  always  forms  four 

bonds,  whereas  hydrogen  and  fluorine  form  one  each.)  Because  the  molecule  con- 
tains a  C  —  F  bond  and  not  an  H  —  F  bond,  it  does  not  form  hydrogen  bonds.  In 

FFNNHi,  however,  we  find  N  —  H  bonds.  If  we  draw  the  Lewis  structure  for  the 
molecule,  we  see  that  there  is  a  nonbonding  pair  of  electrons  on  each  N  atom.  There- 

fore, hydrogen  bonds  can  exist  between  the  molecules  as  depicted  below. 
H  H 

H  H 

:N — N:  ••■  H— N— N: 

H  H H 

Check:  While  we  can  generally  identify  substances  that  participate  in  hvdrogen  bond- 
ing based  on  their  containing  N,  O,  or  F  covalently  bonded  to  H,  drawing  the  Lewis 

structure  for  the  interaction,  as  shown  above,  provides  a  way  to  check  the  prediction. 

H  PRACTICE  EXERCISE 

In  which  of  the  following  substances  is  significant  hydrogen  bonding  possible:  meth- 
ylene chloride  (CFFCF),  phosphine  (PFh),  hydrogen  peroxide  (HOOH),  or  acetone 

(CH3COCH3)? 
Answer:  HOOH 

The  energies  of  hydrogen  bonds  vary  from  about  4  kj/mol  to  25  kj/mol  or  so. 

Thus,  they  are  much  weaker  than  ordinary  chemical  bonds  (see  Table  8.4).  Never- 
theless, because  hydrogen  bonds  are  generally  stronger  than  dipole-dipole  or  dis- 
persion forces,  they  play  important  roles  in  many  chemical  systems,  including 

those  of  biological  significance.  For  example,  hydrogen  bonds  help  stabilize  the 
structures  of  proteins,  which  are  key  parts  of  skin,  muscles,  and  other  structural 

components  of  animal  tissues  (see  Section  25.9).  They  are  also  responsible  for  the 
way  th.it  DNA  is  able  to  carry  genetic  information.        (Section  25. 1 1 ) 
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One  of  the  remarkable  consequences  of  hydrogen  bonding  is  found  when 

the  densities  of  ice  and  liquid  water  ore  compared.  In  most  substances  the  mol- 
ecules in  the  solid  are  more  densely  packed  than  in  the  liquid.  Thus,  the  solid 

phase  is  denser  than  the  liquid  phase  (figure  1 1  .L>  ► ).  13y  contrast,  the  density  of 
ice  at  0  C  (0.917  g/mL)  is  less  than  that  of  liquid  water  at  0  C  (1.00  g/mL),  si)  ice 

floats  on  liquid  water  (Figure  1 1  .c>). 
The  lower  density  of  ice  compared  to  that  of  water  can  be  understood  in 

terms  of  hydrogen-bonding  interactions  between  H2O  molecules.  In  ice  the 
FhO  molecules  assume  an  ordered,  open  arrangement  as  shown  in 

Figure  11.10  ▼.  This  arrangement  optimizes  the  hydrogen  bonding  interactions 
between  molecules,  with  each  FhO  molecule  forming  hydrogen  bonds  to  four 
other  FhO  molecules.  These  hydrogen  bonds,  however,  create  the  open  cavities 
shown  in  the  structure.  When  the  ice  melts,  the  motions  of  the  molecules  cause 
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ME 

A  Figure  11.9  Comparing  densities  of 
liquid  and  solid  phases.  As  with  most  other 
substances,  the  solid  phase  of  paraffin  is  denser 
than  the  liquid  phase,  and  the  solid  therefore  sinks 
below  the  surface  of  the  liquid  paraffin  in  the 
beaker  on  the  left.  In  contrast,  the  solid  phase  of 
water,  ice,  is  less  dense  than  its  liquid  phase  (right 
beaker),  causing  the  Ice  to  float  on  the  water 
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9 

▲  Figure  11.10   Hydrogen  bonding  in  ice.  (a)  The  hexagonal  shape  is  characteristic  of  snowf lakes 
(b)  The  arrangement  of  H20  molecules  in  ice.  Each  hydrogen  atom  on  one  H20  molecule  is  oriented 
toward  a  nonbonding  pair  of  electrons  on  an  adjacent  H20  molecule.  As  a  result,  ice  has  an  open, 
hexagonal  arrangement  of  H20  molecules,  (c)  Hydrogen  bonding  between  two  water  molecules.  The 
distances  shown  are  those  found  in  ice. 

Hydn bond 

I  .OA 
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▲  Figure  11.11    Expansion  of  water  upon 
freezing.  Water  is  one  of  the  tew  substances  that 
expand  upon  freezing.  The  expansion  is  due  to 
the  open  structure  of  ice  relative  to  that  of 
liquid  water. 

3-D  MODEL 
Ice 

the  structure  to  collapse.  The  hydrogen  bonding  in  the  liquid  is  more  random 

than  in  ice,  but  it  is  strong  enough  to  hold  the  molecules  close  together.  Conse- 
quently, liquid  water  has  a  more  dense  structure  than  ice,  meaning  that  a  given 

mass  of  water  occupies  a  smaller  volume  than  the  same  mass  of  ice. 
The  lower  density  of  ice  compared  to  liquid  water  profoundly  affects  life 

on  Earth.  Because  ice  floats  (Figure  11.9),  it  covers  the  top  of  the  water  when  a 
lake  freezes  in  cold  weather,  thereby  insulating  the  water  below.  If  ice  were 

more  dense  than  water,  ice  forming  at  the  top  of  a  lake  would  sink  to  the  bot- 
tom, and  the  lake  could  freeze  solid.  Most  aquatic  life  could  not  survive  under 

these  conditions.  The  expansion  of  water  upon  freezing  (Figure  11.11  A)  is  also 
what  causes  water  pipes  to  break  in  freezing  weather. 

Q    GIVE  IT  SOME  THOUGHT 

What  is  unusual  about  the  relative  densities  of  liquid  water  and  ice? 

Comparing  Intermolecular  Forces 

We  can  identify  the  intermolecular  forces  that  are  operative  in  a  substance  by 

considering  its  composition  and  structure.  Dispersion  forces  are  found  in  nil  sub- 
stances. The  strengths  of  these  forces  increase  with  increased  molecular  weight 

and  depend  on  molecular  shapes.  Dipole-dipole  forces  add  to  the  effect  of  dis- 
persion forces  and  are  found  in  polar  molecules.  Hydrogen  bonds,  which  require 

H  atoms  bonded  to  F,  O,  or  N,  also  add  to  the  effect  of  dispersion  forces.  Hydro- 
gen bonds  tend  to  be  the  strongest  type  of  intermolecular  force.  None  of  these  in- 

termolecular forces,  however,  is  as  strong  as  ordinary  ionic  or  covalent  bonds. 

Figure  11.12  ▼  presents  a  systematic  way  of  identifying  the  kinds  of  intermolecu- 
lar forces  in  a  particular  system,  including  ion-dipole  and  ion-ion  forces. 

ACTIVITY 
Intermolecular  Forces 

Interacting  molecules 
or  ions 

NO 
Are 

polar  molecules 
involved? 

NO 

Are  ions 
involved? 

YES 

I 
Are  hydrogen 

atoms  bonded  to 

N,  O,  or  F  atoms? 
NO 

Dispersion  forces  only 
(induced  dipoles) 

Examples:  Ar(/), 

Dipole-dipole forces 

Examples: 

H2S,  CH3C1 

II 

/ 

YES 

Hydrogen  bonding 

Examples:  liquid, 
and  solid  HUO, 

NH3/  HF" 

YES  1         Are  polar 
molecules  and  ions 

both  present? 

NO 

J 

YES 

L 

Ion-dipole  forces  I if 
Ionic  bonding 

(Section  8.2) 

Examples:  KBr  in  '  Examples: 
H20  NaCl,  NH4N03 

van  der  Waals  forces 

▲  Figure  11.12  Flowchart  for  determining  intermolecular  forces.  London  dispersion  forces  occur  in 
all  instances.  The  strengths  of  the  other  forces  generally  increase  proceeding  from  left  to  right  across  the  chart. 
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mm*  SAMPLE  EXERCISE  11.3  |  Predicting  the  Types  and  Relative  Strengths  of 
Intermolecular  Forces 

List  the  substances  BaCN,  Hi,  CO,  I II  .  and  Ne  in  order  of  increasing  boiling  points. 
Solution 

Analyze:  We  need  to  relate  the  properties  ol  the  listed  substances  to  boiling  point. 
Plan:  The  boiling  point  depends  in  part  on  the  attractive  forces  in  the  liquid.  We 
need  to  order  these  according  to  the  relative  strengths  of  the  different  kinds  ol  forces. 
Solve:  The  attractiv  e  forces  are  stronger  for  ionic  substances  than  for  molecular  ones, 
so  BaCl2  should  have  the  highest  boiling  point.  I  he  intermolecular  forces  of  the  re- 

maining substances  depend  on  molecular  weight,  polarity,  and  hydrogen  bonding. 
The  molecular  weights  are  I  h  (2),  CO  (28),  I  IF  (20),  and  Ne  (20).  The  boiling  point  ol 
H2  should  be  the  lowest  because  it  is  nonpolar  and  has  the  lowest  molecular  weight. 
The  molecular  weights  of  CO,  III, and  Neare  roughly  the  same.  Because  III  can  hy- 

drogen bond,  however,  it  should  have  the  highest  boiling  point  of  the  three.  Next  is 
CO,  which  is  slightly  polar  and  has  the  highest  mole<  ular  weight.  Finally,  Ne,  winch 
is  nonpolar,  should  have  the  lowest  boiling  point  of  these  three.  I  he  predicted  order 
of  boiling  points  is  therefore 

H2  <  Ne     CO      III  Bad; 

Check:  The  actual  normal  boiling  points  are  H2  (2(1  K),  Ne  (27  K),  CO  (83  K),  III 
(293  K),  and  BaCN  (1813  K),  in  agreement  with  our  predictions. 

mm  PRACTICE  EXERCISE 

(a)  Identify  the  intermolecular  forces  present  in  the  following  substances,  and  (b)  se- 
lect the  substance  with  the  highest  boiling  point:  CH3CH3,  CH3OH,  and 

CH3CH201  1. 
Answers:  (a)  CH3CH3  has  only  dispersion  forces,  whereas  the  other  two  substaiu  es 
have  both  dispersion  forces  and  hydrogen  bonds;  (b)  C  1 1  >C  !H201  I 

11.3  I  Some  Properties  of  Liquids 

The  intermolecular  forces  we  have  just  discussed  can  help  us  understand  many 

familiar  properties  of  liquids  and  solids.  In  this  section  we  examine  two  impor- 
tant properties  of  liquids:  viscosity  and  surface  tension. 

Viscosity 

Some  liquids,  such  as  molasses  and  motor  oil,  flow  very  slowly;  others,  suc  h  as 
water  and  gasoline,  flow  easily.  The  resistance  of  a  liquid  to  flow  is  called  its 

viscosity.  The  greater  a  liquid's  viscosity,  the  more  slowly  it  flows.  Viscosity 
can  be  measured  by  timing  how  long  it  takes  a  certain  amount  of  the  liquid  to 
flow  through  a  thin  tube  under  gravitational  force.  More  viscous  liquids  take 
longer  (Figure  1 1.13  ►).  Viscosity  can  also  be  determined  by  measuring  the  rate 
at  which  steel  spheres  fall  through  the  liquid.  T  he  spheres  fall  more  slowly  as 
the  viscosity  increases. 

Viscosity  is  related  to  the  ease  with  whic  h  individual  molecules  ol  the  liq- 
uid can  move  with  respect  to  one  another.  It  thus  depends  on  the  attractive 

forces  between  molecules  and  on  whether  structural  features  exist  that  cause 

the  molecules  to  become  entangled.  For  a  series  of  related  compounds,  there- 
fore, viscositv  increases  with  molecular  weight,  as  illustrated  in  fable  11.4  T. 

TABLE  11.4   Viscosities  of  a  Series  of  Hydrocarbons  at  20°C 
Substance Formula Viscosity  (kg/m-s) 

Hexane  CH3CH2CH2CH2CH2C  I  I  , 
Hepta  ne  C  H  3C  H2CH  2C  H  2CH  2C  H2CH  3 
Octane  CH3CH2CH2CH2CH2CH2CH2CH3 
N  ona  ne  CH3CH2CH2CH2CH  2CH  2CH  2C  H2CH  3 
Decane  CH3CH2CH2CH2CH2CH2CH2CH2CH2CH3 

3.26  ■  10  1 
4.09  ■  10  1 
^.42  <  10  1 

7.11  ■  10  1 
1.42  ■  It)  1 

I 

A  Figure  11.13  Como^ 
The  Society  of  Automotive  Enj> 
established  numbers  to  indi 

motor  oils.  The  higher  thi  ;reater  the 
viscosity  is  at  any  given  temperature  the  SAE  40 
motor  oil  on  the  left  is  moi       ous  and  flows  more 

slowly  than  the  less  viscous '  ■'<  in  oil  on  the  right. 
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(The  SI  units  for  viscosity  are  kg/m-s.).  For  any  given  substance,  viscosity  de- 
creases with  increasing  temperature.  Octane,  for  example,  has  a  viscositv  of 

7.06  x  1CT4  kg/m-s  at  0  C,  and  of  4.33  X  10  4  kg  m-s  at  40°C.  At  higher  tem- 
peratures the  greater  average  kinetic  energy  of  the  molecules  more  easily  over- 

comes the  attractive  forces  between  molecules. 

▲  Figure  11.14   Surface  tension.  Surface 
tension  permits  an  insect  such  as  the  water 
strider  to  "walk"  on  water. 

▲  Figure  11.15   Molecular-level  view  of 
surface  and  interior  intermolecular  forces  in 
a  liquid.  Molecules  at  the  surface  are  attracted 
only  by  other  surface  molecules  and  by 
molecules  below  the  surface.  The  result  is  a  net 
downward  attraction  into  the  interior  of  the 
liquid.  Molecules  in  the  interior  experience 
attractions  in  all  directions,  resulting  in  no  net 
attraction  in  any  direction. 

A  Figure  11.16   Two  meniscus  shapes.  The 
water  meniscus  in  a  glass  tube  compared  with  the 
mercury  meniscus  in  a  similar  tube.  Water  wets 
the  glass,  and  the  bottom  of  the  meniscus  is 
below  the  level  of  the  water-glass  contact  line, 
giving  a  U-shape  to  the  water  surface  Mercury 
does  not  wet  glass  and  the  meniscus  is  above  the 
mercury-glass  contact  line,  giving  an  inverted  U- 
shape  to  the  mercury  surface 

Surface  Tension 

The  surface  of  water  behaves  almost  as  if  it  had  an  elastic  skin,  as  evidenced  by 

the  ability  of  certain  insects  to  "walk"  on  water  (Figure  11.14  A).  This  behavior 
is  due  to  an  imbalance  of  intermolecular  forces  at  the  surface  of  the  liquid,  as 
shown  in  Figure  11.13  4.  Notice  that  molecules  in  the  interior  are  attracted 
equally  in  all  directions,  whereas  those  at  the  surface  experience  a  net  inward 

force.  The  resultant  inward  force  pulls  molecules  from  the  surface  into  the  inte- 
rior, thereby  reducing  the  surface  area  and  making  the  molecules  at  the  surface 

pack  closely  together.  Because  spheres  have  the  smallest  surface  area  for  their 
volume,  water  droplets  assume  an  almost  spherical  shape.  Similarly,  water 

tends  to  "bead  up"  on  a  newly  waxed  car  because  there  is  little  or  no  attraction 
between  the  polar  water  molecules  and  the  nonpolar  wax  molecules. 

A  measure  of  the  inward  forces  that  must  be  overcome  in  order  to  ex- 

pand the  surface  area  of  a  liquid  is  given  by  its  surface  tension.  Surface  ten- 
sion is  the  energy  required  to  increase  the  surface  area  of  a  liquid  by  a  unit 

amount.  For  example,  the  surface  tension  of  water  at  20°C  is 

7.29  x  10~2J/m2,  which  means  that  an  energy  of  7.29  x  10~2J  must  be  sup- 
plied to  increase  the  surface  area  of  a  given  amount  of  water  by  1  m2.  Water 

has  a  high  surface  tension  because  of  its  strong  hydrogen  bonds.  The  surface 

tension  of  mercury  is  even  higher  (4.6  x  lO^1  J/m2)  because  of  even  stronger metallic  bonds  between  the  atoms  of  mercury. 

9 GIVE  IT  SOME  THOUGHT 

How  do  viscosity  and  surface  tension  change  (a)  as  temperature  increases,  (b)  as  in- 
termolecular forces  of  attraction  become  stronger? 

Intermolecular  forces  that  bind  similar  molecules  to  one  another,  such  as 

the  hydrogen  bonding  in  water,  are  called  cohesive  forces.  Intermolecular  forces 
that  bind  a  substance  to  a  surface  are  called  adhesive  forces.  Water  placed  in  a 
glass  tube  adheres  to  the  glass  because  the  adhesive  forces  between  the  water 
and  glass  are  even  greater  than  the  cohesive  forces  between  water  molecules. 

The  curved  upper  surface,  or  meniscus,  of  the  water  is  therefore  U-shaped 
(Figure  11.16  O.  For  mercury,  however,  the  meniscus  is  curved  downward 
where  the  mercury  contacts  the  glass.  In  this  case  the  cohesive  forces  between 

the  mercury  atoms  are  much  greater  than  the  adhesive  forces  between  the  mer- 
cury atoms  and  the  glass 

When  a  small-diameter  glass  tube,  or  capillary,  is  placed  in  water,  water 
rises  in  the  tube.  The  rise  of  liquids  up  very  narrow  tubes  is  called  capillary  ac- 

tion. The  adhesive  forces  between  the  liquid  and  the  walls  of  the  tube  tend  to 
increase  the  surface  area  of  the  liquid.  The  surface  tension  of  the  liquid  tends 

to  reduce  the  area,  thereby  pulling  the  liquid  up  the  tube.  The  liquid  climbs 
until  the  adhesive  and  cohesive  forces  are  balanced  by  the  force  of  gravity  on 

the  liquid.  Capillary  action  helps  water  and  dissolved  nutrients  move  upward 

through  plants. 

9 GIVE  IT  SOME  THOUGHT 

Do  the  viscosity  and  surface  tension  of  a  substance  reflect  adhesive  forces  or  cohe- 
sive forces  of  attraction? 



11.4     |     Phase  Change: 

1 1.4  I  Phase  Changes 

Water  left  uncovered  in  a  glass  for  several  days  evaporates. 
An  ice  cube  left  in  a  warm  room  quickK  melts.  Solid  C02 
(sold  as  Dry  Ice  sublimes  at  room  temperature;  that  is,  it 

changes  directly  from  the  solid  to  the  vapor  state.  In  gener- 
al, each  state  of  matter  can  change  into  either  of  the  other 

two  states.  Figure  1 1.17  ►  shows  the  name  associated  with 
each  of  these  transformations.  These  transformations  are 

called  either  phase  changes  or  changes  of  state. 

Gas 

Vaporization 
Con 

Sublimation  Deposition 

Liquid 
Melting 

Energy  Changes  Accompanying  Phase  Changes 

Every  phase  change  is  accompanied  by  a  change  in  the  en-  L 
ergy  of  the  system.  In  a  solid  lattice,  for  example,  the  mole- 

cules or  ions  are  in  more  or  less  fixed  positions  with  respect 

to  one  another  and  closelv  arranged  to  minimize  the  ener- 
gy of  the  system.  As  the  temperature  of  the  solid  increases,  the  units  of  the  solid 

vibrate  about  their  equilibrium  positions  w  ith  increasingly  energetic  motion. 
When  the  solid  melts,  the  units  that  made  up  the  solid  are  treed  to  move  with 

respect  to  one  another,  which  ordinarily  means  that  their  average  separations 
increase.  This  melting  process  is  called  fusion.  I  he  increased  freedom  of  motion 

of  the  molecules  or  ions  comes  at  a  price,  measured  by  the  heat  of  fusion,  or  en- 
thalpy of  fusion,  denoted  AHfus.  I  he  heat  of  fusion  of  ice,  for  example,  is 

6.01  kj  mol. 

As  the  temperature  of  the  liquid  phase  increases,  the  molecules  of  the  liq- 
uid move  about  with  increasing  energy.  One  measure  o!  this  increasing  energy 

is  that  the  concentration  of  gas-phase  molecules  over  the  liquid  increases  with 
temperature,  rhese  molecules  exerl  a  pressure  called  the  vapoi  pressure  We 

will  explore  vapor  pressure  in  Section  11.5.  For  now  we  just  need  to  understand 
that  the  vapor  pressure  increases  with  increasing  temperature  until  it  equals  the 

external  pressure  over  the  liquid,  typically  atmospheric  pressure.  At  this  point 
the  liquid  boils;  the  molecules  of  the  liquid  move  into  the  gaseous  state,  where 

they  are  widely  separated.  T  he  energy  required  to  cause  this  transition  is  called 
the  heat  of  vaporization,  or  enthalpy  of  vaporization,  denoted  AHvap.  For 
water,  the  heat  of  vaporization  is  40.7  k|  mol. 

Figure  1 1 . IS  T  shows  the  comparative  values  of  A  / /  tu,  and  AHV(1p  for  four 

substances.  AHvap  values  tend  to  be  larger  than  A//Ills  because  in  the  transition 
from  the  liquid  to  the  vapor  state,  the  molecules  must  essentially  sever  all  their 

intermolecular  attractiv  e  interactions;  whereas  in  melting,  many  of  these  attrac- 
tive interactions  remain. 

Solid 

▲  Figure  11.17   Phase  changes  and  the 
names  associated  with  them.  Those  changes 
indicated  by  red  arrows  and  names  are 
endothermic,  whereas  those  in  green  are 
exothermic. 

Heat  of  Fusion  of  Water 

Heat  of  Vaporization  of  Water 

J  Heat  of  vaporization  (kj/mol 

53  Heat  of  fusion  (kj/mol) 

Butane 
(C4H,0) 

29 
24 

5 7 

Diethyl  ether 
(C2H^OC2H5) 

41 

Water 
(H,0) 

58 

23 

Mercur) 
(Hg) 

-4  Figure  11.18   Comparing  enthalpy 
changes  for  fusion  and  vaporization.  Heat 
fusion  (violet  bars)  and  heats  of  vaporization 
(blue)  for  several  substances  Notice  that  the  he£ 
of  vaporization  for  a  substance  is  alw 
than  its  heat  of  fusion  The  heat  of  su 
the  sum  of  the  heats  of  vaporization  and 
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I  he  molecules  of  a  solid  can  be  transformed  directly  into  the  gaseous  state. 

The  enthalpy  change  required  for  this  transition  is  called  the  heat  of  sublima- 
tion, denoted  AHsuh.  For  the  substances  shown  in  Figure  11.18,  AHsut)  is  the 

sum  of  AHtus  and  AHvap.  Thus,  AHsuLl  for  water  is  approximately  47  kj/mol. 
Phase  changes  of  matter  show  up  in  important  ways  in  our  everyday  expe- 

riences. We  use  ice  cubes  to  cool  our  liquid  drinks;  the  heat  of  fusion  of  ice  cools 

the  liquid  in  which  the  ice  is  immersed.  We  feel  cool  when  we  step  out  of  a 
swimming  pool  or  a  warm  shower  because  the  heat  of  vaporization  is  drawn 

animation  from  our  bodies  as  the  water  evaporates  from  our  skin.  Our  bodies  use  the 
Changes  of  State  ev  aporation  of  w  ater  from  skin  to  regulate  body  temperature,  especially  when 

we  exercise  vigorously  in  warm  weather.  A  refrigerator  also  relies  on  the  cool- 
ing effects  of  vaporization.  Its  mechanism  contains  an  enclosed  gas  that  can  be 

liquefied  under  pressure.  The  liquid  absorbs  heat  as  it  subsequently  evapo- 
rates, thereby  cooling  the  interior  of  the  refrigerator.  The  vapor  is  then  recycled 

through  a  compressor. 
What  happens  to  the  heat  absorbed  when  the  liquid  refrigerant  vaporizes? 

According  to  the  first  law  of  thermodynamics  (Section  5.2),  the  heat  absorbed 

by  the  liquid  in  vaporizing  must  be  released  when  the  reverse  process,  conden- 
sation of  the  vapor  to  form  the  liquid,  occurs.  As  the  refrigerator  compresses 

the  vapor  and  liquid  is  formed,  the  heat  released  is  dissipated  through  cooling 
coils  in  the  back  of  the  refrigerator.  Just  as  the  heat  of  condensation  is  equal  in 
magnitude  to  the  heat  of  vaporization  and  has  the  opposite  sign,  so  also  the  heat 

of  deposition  is  exothermic  to  the  same  degree  that  the  heat  of  sublimation  is  en- 
dothermic;  and  the  heat  of  freezing  is  exothermic  to  the  same  degree  that  the  heat 

of  fusion  is  endothermic.  These  relationships,  shown  in  Figure  11.17,  are  conse- 
quences of  the  first  law  of  thermodynamics. 

Q    GIVE  IT  SOME  THOUGHT 

What  is  the  name  of  the  phase  change  that  occurs  when  ice  left  at  room  temperature 
changes  to  liquid  water?  Is  this  change  exothermic  or  endothermic? 

▼  Figure  11.19   Heating  curve  for  water. 
This  graph  indicates  the  changes  that  occur  when 
1.00  mol  of  water  is  heated  from  -  25  C  to  125°C 
at  a  constant  pressure  of  1  atm.  Blue  lines  show 
the  heating  of  one  phase  from  a  lower 
temperature  to  a  higher  one.  Red  lines  show  the 
conversion  of  one  phase  to  another  at  constant 
temperature. 
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Liquid  water  and  vapor 
(vaporization) 

Liquid  water 
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Heat  added  (each  division  corresponds  to  4  kj) 

Heating  Curves 

What  happens  when  we  heat  a  sample  of  ice  that  is  initially  at  -25°C  and 
1  atm  pressure?  The  addition  of  heat  causes  the  temperature  of  the  ice  to  in- 

crease. As  long  as  the  temperature  is  below  0°C,  the  sample  remains  frozen. 
When  the  temperature  reaches  0  C,  the  ice  begins  to  melt.  Because  melting  is 

an  endothermic  process,  the  heat  we  add  at  0°C  is  used  to  convert  ice  to 
water  and  the  temperature  remains  constant  until  all  the  ice  has  melted. 
Once  we  reach  this  point,  the  further  addition  of  heat  causes  the  temperature 

of  the  liquid  water  to  increase. 
A  graph  of  the  temperature  of  the  system  versus  the 

amount  of  heat  added  is  called  a  heating  curve.  Figure  11.19  ̂  

shows  a  heating  curve  for  transforming  ice  at  -25CC  to  steam 
at  125  C  under  a  constant  pressure  of  1  atm.  Heating  the  ice 

from  -25°C  to  0  C  is  represented  by  the  line  segment  AB  in 

Figure  1 1.19,  while  converting  the  ice  at  0CC  to  water  at  0°C  is 
the  horizontal  segment  BC.  Additional  heat  increases  the  tem- 

perature of  the  water  until  the  temperature  reaches  100°C 
(segment  CD).  The  heat  is  then  used  to  convert  water  to 

steam  at  a  constant  temperature  of  100°C  (segment  DE).  Once 
all  the  water  has  been  converted  to  steam,  the  steam  is  heated 

to  its  final  temperature  of  125~C  (segment  EF). 
We  can  calculate  the  enthalpy  change  of  the  system  for 

each  of  the  segments  of  the  heating  curve.  In  segments  AB, 

CD,  and  EF  we  are  heating  a  single  phase  from  one  tempera- 
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ture  to  another.  As  we  saw  in  Section  5.5,  the  amount  of  heat  needed  to  raise  the 

temperature  of  a  substance  is  given  by  the  product  of  the  specific  heat,  mass,  $H  Heating  Curves 
and  temperature  change  (Equation  5.22).  f  he  greater  the  specific  heat  of  a  sub- 

stance, the  more  heat  we  must  add  to  accomplish  a  certain  temperature  in- 
crease. Because  the  specific  heat  ot  water  is  greater  than  that  of  ice,  the  slope  of 

segment  CD  is  less  than  that  of  segment  AB;  we  must  add  more  heat  to  water  to 
achieve  a  1  C  temperature  change  than  is  needed  to  warm  the  same  quantity  ol 
ice  by  1  C. 

In  segments  BC  and  DE  we  are  converting  one  phase  to  another  at  a  con- 
stant temperature.  The  temperature  remains  constant  during  these  phase 

changes  because  the  added  energy  is  used  to  overcome  the  attractiv  e  forces  be- 
tween molecules  rather  than  to  increase  their  average  kinetic  energy.  For  seg- 

ment BC,  in  which  ice  is  converted  to  water,  the  enthalpy  change  can  be 

calculated  by  rising  A//hls,  while  for  segment  Dl  we  can  use  A / /x ,,p .  In  Sample 
Exercise  11.4  we  calculate  the  total  enthalpy  change-  tor  the  heating  curve  in 
Figure  11.19. 

Ml  SAMPLE  EXERCISE  1 1 .4  |  Calculating  A/-/  for  Temperature  and  Phase  Changes 

Calculate  the  enthalpy  change  upon  converting  1 .00  mol  of  ice  at  -25  C  to  water  vapor  (steam)  at  125  C  under  a  constant  pres- 

sure of  1  atm.  "Hie  specific  heats  of  ice,  water,  and  steam  are  2.(W  J/g-K,  4.18  |  g-k,  and  1.84  |  g-k,  respectively,  lor  1 1 -O. 
AHfus  =  6.01  k]  mol  and  AHN,ip  =  40.67  kj  mol. 
Solution 

Analyze:  Our  goal  is  to  calculate  the  total  heat  required  to  convert  I  mol  of  ice  at    2^  C  to  steam  at  12^  C. 

Plan:  We  can  calculate  the  enthalpy  change  for  each  segment  and  then  sum  them  to  get  the  total  enthalpy  change  (I  loss's  law. Section  5.6). 

Solve:  For  segment  AB  in  Figure 
1  FT-',  we  are  adding  enough  heat  to 
ice  to  increase  its  temperature  by 

25°C.  A  temperature  change  of  25  C 
is  the  same  as  a  temperature  change 
of  25  k,  so  we  can  use  the  specific 
heat  of  ice  to  calculate  the  enthalpy 
change  during  this  process:  AH:    Ml      (1.00  mol )( 18.1)  g/mol)(2.09  |  g-k)(2s  k)     <-M()  J      (»M  k| 
For  segment  BC  in  Figure  11.19,  in 
which  we  convert  ice  to  water  at 

0  C,  we  can  use  the  molar  enthalpy 
of  fusion  directly:  BC:    AH  =  (1.00  rnol)(6.l)l  kj/mol)     6.01  kj 

The  enthalpy  changes  for  segments  CD:    AH  =  (1.00  mol)(18.0  g  mol)(4.18  J  g-k)(  100  K )     7520J     7.^2  k| 
CD,  DE,  and  EF  can  be  calculated  in  ,,  _,, 

similar  fashion:  DE-    AH  =  (1.00  mol)(40.67  kj  mol)     40.7  kj 

EF:    AH  =  (1.00  mol)(18.0  g/moI)(1.84  J/g-k)(25  k)  810  |     o.M  k| 

The  total  enthalpy  change  is  the 
sum  of  the  changes  of  the  individual 

steps:  Ml  -  0.94 kj  *  6.01  kj  +  7.52  kj  +  40.7 kj  •  0.83  kj  56.0  kj 

Check:  The  components  of  the  total  energy  change  are  reasonable  in  comparison  with  the  lengths  of  the  horizontal  segnu 
the  lines  in  Figure  11.19.  Notice  that  the  largest  component  is  the  heat  ol  vaporization. 

Ml  PRACTICE  EXERCISE 

What  is  the  enthalpy  change  during  the  process  in  which  100.0  g  ol  w  ater  at  50.0  C  is  cooled  to  ice  at    30.0  C  ? 
heats  and  enthalpies  for  phase  changes  given  in  Sample  Exercise  1 1 .4.) 
Ansiver:  -20.9  kj  -  33.4  kj  -  6.27  kj  =  -60.6  kj 

Cooling  a  substance  has  the  opposite  effect  of  heating  it.  T  hus,  if  we  start 
with  water  vapor  and  begin  to  cool  it,  we  would  move  right  to  left  through  the 
events  shown  in  Figure  11.19.  We  would  first  lower  the  temperature  of  the 
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vapor  (F  — *  E),  then  condense  it  (£  *  D),  and  so  forth.  Sometimes  as  we 
remove  heat  From  a  liquid,  we  can  temporarily  cool  it  below  its  freezing  point 
without  forming  a  solid.  This  phenomenon  is  called  supercooling.  Supercooling 

occurs  when  heat  is  removed  from  a  liquid  so  rapidly  that  the  molecules  literal- 
ly have  no  time  to  assume  the  ordered  structure  of  a  solid.  A  supercooled  liquid 

is  unstable;  particles  of  dust  entering  the  solution  or  gentle  stirring  is  often  suf- 
ficient to  cause  the  substance  to  solidify  quickly. 

Critical  Temperature  and  Pressure 

A  gas  normally  liquefies  at  some  point  when  pressure  is  applied  to  it.  Suppose 

we  have  a  cylinder  with  a  piston,  containing  water  vapor  at  100°C.  If  we  in- 
crease the  pressure  on  the  water  vapor,  liquid  water  will  form  when  the  pres- 

sure is  760  torr.  On  the  other  hand,  if  the  temperature  is  110°C,  the  liquid  phase 
does  not  form  until  the  pressure  is  1075  torr.  At  374°C  the  liquid  phase  forms 
only  at  1.655  x  10^  torr  (217.7  atm).  Above  this  temperature  no  amount  of  pres- 

sure will  cause  a  distinct  liquid  phase  to  form.  Instead,  as  pressure  increases, 
the  gas  merely  becomes  steadily  more  compressed.  The  highest  temperature  at 
which  a  distinct  liquid  phase  can  form  is  referred  to  as  the  critical  temperature. 
The  critical  pressure  is  the  pressure  required  to  bring  about  liquefaction  at  this 
critical  temperature. 

The  critical  temperature  is  the  highest  temperature  at  which  a  liquid  can  exist. 
Above  the  critical  temperature,  the  motional  energies  of  the  molecules  are  greater 
than  the  attractive  forces  that  lead  to  the  liquid  state  regardless  of  how  much  the 

substance  is  compressed  to  bring  the  molecules  closer  together.  The  greater  the  in- 
termolecular forces,  the  greater  the  critical  temperature  of  a  substance. 

The  critical  temperatures  and  pressures  are  listed  for  several  substances  in 
Table  11.5  T.  Notice  that  nonpolar,  low  molecular  weight  substances,  which 
have  weak  intermolecular  attractions,  have  lower  critical  temperatures  and 
pressures  than  those  that  are  polar  or  of  higher  molecular  weight.  Notice  also 
that  water  and  ammonia  have  exceptionally  high  critical  temperatures  and 

pressures  as  a  consequence  of  strong  intermolecular  hydrogen-bonding  forces. 
The  critical  temperatures  and  pressures  of  substances  are  often  of  consider- 
able importance  to  engineers  and  other  people  working  with  gases,  because 

they  provide  information  about  the  conditions  under  which  gases  liquefy. 
Sometimes  we  want  to  liquefy  a  gas;  other  times  we  want  to  avoid  liquefying  it. 
It  is  useless  to  try  to  liquefy  a  gas  bv  applying  pressure  if  the  gas  is  above  its 
critical  temperature.  For  example,  has  a  critical  temperature  of  154.4  K.  It 
must  be  cooled  below  this  temperature  before  it  can  be  liquefied  by  pressure.  In 

contrast,  ammonia  has  a  critical  temperature  of  405.6  K.  Thus,  it  can  be  lique- 
fied at  room  temperature  (approximately  295  K)  by  compressing  the  gas  to  a 

sufficient  pressure. 

TABLE  11.5   Critical  Temperatures  and  Pressures  of  Selected  Substances 

Substance  Critical  Temperature  (K)  Critical  Pressure  (atm) 

Ammonia,  NH3  405.6  111.5 

Phosphine,  PH3  324.4  64.5 

Argon,  Ar  150.9  48 
Carbon  dioxide,  C02  304.3  73.0 

Nitrogen,  N2  126.1  33.5 

Oxygen,  02  1 54.4  49.7 
Propane,  CH3CH2CH3  370.0  42.0 
Water,  H20  647.6  217.7 

Hydrogen  sulfide,  H2S  373.5  88.9 



11.5 Vapor ressure 

CHEMISTRY  AT  WORK  |  Supercritical  Fluid  Extraction 

At  ordinary  pressures,  a  substance  above  its  critical  tem- 

perature behaves  as  an  ordinary  gas.  However,  as  pres- 
sure increases  up  to  several  hundred  atmospheres,  its 

character  changes.  Like  a  gas,  it  still  expands  to  fill  the  con- 
fines of  its  container,  but  its  density  approaches  that  ol  a  liq- 

uid. (For  example,  the  critical  temperature  ol  water  is  (i47.6  K, 
and  its  critical  pressure  is  217.7  atm  At  this  temperature  and 
pressure,  the  density  ol  water  is  0.4  g/mL).  A  substance  at 
temperatures  and  pressures  higher  than  its  critical  tempera- 

ture and  pressure  is  better  considered  a  supercritical  fluid 
rather  than  a  gas. 

Like  liquids,  supercritical  fluids  can  behave  .is  solvents, 
dissolving  a  wide  range  of  substances.  Using  unpen  i  it  mil  fluid 
extraction,  the  c  omponents  of  mixtures  can  be  separated.  I  he 
solvent  power  of  a  supen  ritual  thud  increases  as  its  density 

increases.  Conversely,  lowering  its  density  (by  either  dec  leas- 
ing pressure  or  increasing  temperature)  causes  the  supercriti- 

cal fluid  and  the  dissolved  material  to  separate.  I  igure  1 1 .20  ▼ 

shows  the  solubility  of  a  typical  nonpolar  organic,  solid,  naph- 
thalene (Ci(]Hs),  in  supercritical  carbon  dioxide  at  4^  C  (he 

solubility  of  naphthalene  is  essentially  zero  below  the  critical 
pressure  of  73  atm.  Solubility  increases  rapidly,  however,  with 

increasing  pressure  (and,  thus,  increasing  density  ol  the  su- 
percritical fluid). 

By  appropriate  manipulation  ot  pressure,  supercritical 
fluid  extraction  has  been  used  successfully  to  separate  com- 

plex mixtures  in  the  chemical,  food,  pharmaceutical,  and  ener- 
gy industries.  Supercritical  carbon  dioxide,  lor  example,  is 

150  201) 
Pressure,  atm 

300 

▲  Figure  11.20  Solubility  of  naphthalene  (C,0H8)  in  supercritical 
carbon  dioxide  at  45°C. 

environmentally  benign  because  there  are  no  problems  dis- 
posing ot  solvent  and  there  are  no  toxic  residues  resulting 

from  the  process.  In  addition,  supercritical  COi  is  inexpensive 

compared  to  solvents  other  than  water.  A  process  for  remov- 
ing caffeine  from  green  coffee  beans  by  extraction  with  supei 

critical  CO2,  diagrammed  in  Figure  11.21  ▼,  has  been  in 
commercial  operation  tor  several  \  ears.  At  the  proper  temper- 

ature and  pressure  the  supercritical  COi  removes  caffeine 
from  the  beans  bv  dissolution,  but  leaves  the  flavor  and  .noma 

components,  producing  decaffeinated  coffee.  Other  applica- 
tions ol  supercritical  CO2  extraction  include  the  extraction  ol 

the  essential  flavor  elements  from  hops  lor  use  in  brewing, 
and  the  isolation  ol  the  flavor  components  of  herbs  and  spic  es 
(See  also  Section  IS. 7.) 
Rein  ted  Exercises:  1 1.4 1 ,  II  .42,  1 1 .87 

Pressure- reduction 
valve 

CO?  and  cat  feme 
Extractor 

High- 

pressure  C02 

Separator 

Low-pressure  C  ( )2 

Compressor 

▲  Figure  11.21    Diagram  of  a  supercritical  fluid  extraction  process. 
The  material  to  be  processed  is  placed  in  the  extractor.  The  desired  material 
dissolves  in  supercritical  C02  at  high  pressure,  then  is  precipitated  in  the 
separator  when  the  C02  pressure  is  reduced.  The  carbon  dioxide  is  then 
recycled  through  the  compressor  with  a  fresh  batch  of  material  in  the 
extractor. 

11 .5  I  Vapor  Pressure  

Molecules  can  escape  from  the  surface  of  a  liquid  into  the  gas  phase  bv  evapo- 
ration. Suppose  we  conduct  an  experiment  in  which  we  place  a  quantity  of 

ethanol  (CtH^OH)  in  an  evacuated,  closed  container  such  as  that  in 

Figure  11.22  ►.  The  ethanol  will  quickly  begin  to  evaporate.  As  a  result,  the 

pressure  exerted  bv  the  vapor  in  the  space  above  the  liquid  will  begin  to  in- 
crease. After  a  short  time  the  pressure  of  the  vapor  will  attain  a  constant  value, 

which  we  call  the  vapor  pressure  of  the  substance. 
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►  Figure  11.22   Illustration  of  the 
equilibrium  vapor  pressure  over  a  liquid.  In 
(a)  we  imagine  that  no  molecules  exist  in  the  gas 
phase;  there  is  zero  pressure  in  the  cell.  In  (b)  the 
rate  at  which  molecules  leave  the  surface  equals 
the  rate  at  which  gas  molecules  pass  into  the 
liquid  phase.  These  equal  rates  produce  a  stable 
vapor  pressure  that  does  not  change  as  long  as 
the  temperature  remains  constant. 

I  ,iquid 
ethanol u 

P>,ils  equilibrium vapor  pressure 

u 

Liquid  bctorc  any  evaporation At  equilibrium,  molecules  enter 
and  leave  liquid  at  the  same  rate. 

(a) (b) 

Lower  temperature  i 

^Higher  temperature I 

Minimum  kinetic 

energy  needed to  escape 

Kinetic  energy 

▲  Figure  11.23   The  effect  of  temperature 
on  the  distribution  of  kinetic  energies  in  a 
liquid.  The  distribution  of  kinetic  energies  of 
surface  molecules  of  a  hypothetical  liquid  are 
shown  at  two  temperatures.  Only  the  fastest 
molecules  have  sufficient  kinetic  energy  to  escape 
the  liquid  and  enter  the  vapor,  as  shown  by  the 
shaded  areas.  The  higher  the  temperature,  the 
larger  is  the  fraction  of  molecules  with  enough 
energy  to  escape  from  the  liquid  into  the  vapor 

phase. 

Explaining  Vapor  Pressure  on  the  Molecular  Level 

The  molecules  of  a  liquid  move  at  various  speeds.  Figure  11.23  4  shows  the  dis- 
tribution of  kinetic  energies  of  the  particles  at  the  surface  of  a  liquid  at  two  tem- 

peratures. The  distribution  curves  are  like  those  shown  earlier 

for  gases  (Figures  10.18  and  10.19).  At  any  instant  some  of  the 
molecules  on  the  surface  of  the  liquid  possess  sufficient  kinetic 
energy  to  overcome  the  attractive  forces  of  their  neighbors  and 
escape  into  the  gas  phase.  The  weaker  the  attractive  forces,  the 
larger  is  the  number  of  molecules  that  are  able  to  escape  and 
therefore  the  higher  is  the  vapor  pressure. 

At  any  particular  temperature  the  movement  of  molecules 
from  the  liquid  to  the  gas  phase  goes  on  continuously.  As  the 

number  of  gas-phase  molecules  increases,  however,  the  proba- 
bility increases  that  a  molecule  in  the  gas  phase  will  strike  the 

liquid  surface  and  be  recaptured  by  the  liquid,  as  shown  in 

Figure  11.22(b).  Eventually,  the  rate  at  which  molecules  return  to  the  liquid  ex- 
actly equals  the  rate  at  which  they  escape.  The  number  of  molecules  in  the  gas 

phase  then  reaches  a  steady  value,  and  the  pressure  of  the  vapor  at  this  stage 
becomes  constant. 

The  condition  in  which  two  opposing  processes  are  occurring  simultane- 
ously at  equal  rates  is  called  a  dynamic  equilibrium,  but  is  usually  referred  to 

merely  as  an  equilibrium.  A  liquid  and  its  vapor  are  in  dynamic  equilibrium 
when  evaporation  and  condensation  occur  at  equal  rates.  It  may  appear  that 

nothing  is  occurring  at  equilibrium,  because  there  is  no  net  change  in  the  sys- 
tem. In  fact,  a  great  deal  is  happening;  molecules  continuously  pass  from  the 

liquid  state  to  the  gas  state  and  from  the  gas  state  to  the  liquid  state.  All  equi- 
libria between  different  states  of  matter  possess  this  dynamic  character.  The 

vapor  pressure  of  a  liquid  is  the  pressure  exerted  In/  its  vapor  when  the  liquid  and  vapor 
states  are  in  dynamic  equilibrium. 

45 

ANIMATION 
Vapor  Pressure  vs.  Temperature 

Volatility,  Vapor  Pressure,  and  Temperature 

When  vaporization  occurs  in  an  open  container,  as  when  water  evaporates 
from  a  bowl,  the  vapor  spreads  away  from  the  liquid.  Little,  if  any,  is  recaptured 
at  the  surface  of  the  liquid.  Equilibrium  never  occurs,  and  the  vapor  continues 
to  form  until  the  liquid  evaporates  to  dryness.  Substances  with  high  vapor 

pressure  (such  as  gasoline)  evaporate  more  quickly  than  substances  with  low 
vapor  pressure  (such  as  motor  oil).  Liquids  that  evaporate  readilv  are  said  to  be 
volatile. 
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Hot  water  evaporates  more  quicklv  than  cold  water  because 
vapor  pressure  increases  with  increasing  temperature.  We  see 

this  effect  in  f  igure  11.23:  As  the  temperature  of  a  liquid  is  in- 
creased, the  molecules  move  more  energetically  and  a  greater 

fraction  can  therefore  escape  more  readily  from  their  neighbors. 

Figure  11.24  ►  depicts  the  variation  in  vapor  pressure  with  tem- 
perature for  four  common  substances  that  differ  greatly  in 

volatility.  Note  that  the  vapor  pressure  in  all  cases  increases  non- 
linearly  with  increasing  temperature. 

Q GIVE  IT  SOM 

Predict  (a)  the  relative  vapor  pressures  of  CCI4  and  CBr4  at  25°C 
and  (b)  the  relative  volatilities  of  these  two  substances  at  this 
temperature. 

Vapor  Pressure  and  Boiling  Point 

A  liquid  boils  when  its  vapor  pressure  equals  the  external  pres- 
sure acting  on  the  surface  of  the  liquid.  At  this  point  bubbles  of  vapor  are  able 

to  form  within  the  liquid.  The  temperature  at  which  a  given  liquid  boils  in- 
creases with  increasing  external  pressure.  I  he  boiling  point  of  a  liquid  at  I  atm 

pressure  is  called  its  normal  boiling  point.  From  Figure  11.24  we  see  that  the 
normal  boiling  point  of  water  is  100  C. 

['he  boiling  point  is  important  to  many  processes  that  involve  heating  liq- 
uids, including  cooking.  The  time  required  to  cook  food  depends  on  the  tem- 

perature. As  long  as  water  is  present,  the  maximum  temperature  of  the  food 
being  cooked  is  the  boiling  point  ot  water.  Pressure  cookers  work  by  allowing 
steam  to  escape  only  when  it  exceeds  a  predetermined  pressure;  the  pressure 
abov  e  the  water  can  therefore  increase  above  atmospheric  pressure.  I  he  higher 
pressure  causes  the  water  to  boil  at  a  higher  temperature,  thereby  allowing  the 
food  to  get  hotter  and  to  cook  more  rapidly.  The  effect  of  pressure  on  boiling 
point  also  explains  why  it  takes  longer  to  took  toot!  at  higher  elevations  than  at 

sea  level.  The  atmospheric  pressure  is  lower  at  higher  altitude's,  so  water  boils 
at  a  lower  temperature. 

■HI  SAMPLE  EXERCISE  11.5  |  Relating  Boiling  Point  to  Vapor  Pressure 

Use  Figure  1 1 .24  to  estimate  the  boiling  point  of  diethyl  ether  under  an  external  pres- 
sure of  0.80  atm. 

Solution 

Analyze.  We  are  asked  to  read  a  graph  of  vapor  pressure  versus  temperature  to  de- 
termine the  boiling  point  of  a  substance  at  a  particular  pressure.  The  boiling  point  is 

the  temperature  at  which  the  vapor  pressure  is  equal  to  the  external  pressure. 
Plan:  We  need  to  convert  0.80  atm  to  torr  because  that  is  the  pressure  scale  on  the 
graph.  We  estimate  the  location  of  that  pressure  on  the  graph,  move  horizontally  to 
the  vapor  pressure  curve,  and  then  drop  vertically  from  the  curve  to  estimate  the 
temperature. 
Solve:  The  pressure  equals  (0.80  atm)(760  torr/atm)  =  610  torr.  From  Figure  11.24 
we  see  that  the  boiling  point  at  this  pressure  is  about  27  C,  w  hich  is  close  to  room 
temperature. 
Comment:  We  can  make  a  flask  of  diethy  l  ether  boil  .it  room  temperature  by  using  a 
vacuum  pump  to  lower  the  pressure  above  the  liquid  to  about  0.8  atm. 

■i  PRACTICE  EXERCISE 

At  what  external  pressure  will  ethanol  have  a  boiling  point  ot  60  C? 
Answer:  about  340  torr  (0.45  atm) 

b  400 

41)  60 

Temperature  (  C) 

▲  Figure  11.24   Vapor  pressure  for  four 
common  liquids  as  a  function  of 
temperature.  The  temperature  at  which  the 
vapor  pressure  is  760  torr  is  the  normal  boiling 
point  of  each  liquid 

ACTIVITY 
Equilibrium  Vapor  Pressure 
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The  Clausius-Clapeyron  Equation 

ou  might  have  noticed  that  the  plots  of  the  variation  of 
vapor  pressure  with  temperature  shown  in  Figure  11.24 

have  a  distinct  shape:  Each  curves  sharply  upward  to  a  higher 
>  vapor  pressure  with  increasing  temperature.  The  relationship 
•  between  vapor  pressure  and  temperature  is  given  by  an  equa- 

tion called  the  Clausiits-Clapei/ron  equation: 

InP  =  -—  —  +  C  [11.1] 

In  this  equation  T  is  the  absolute  temperature,  R  is  the  gas  con- 

stant (8.314  J/mol-K),  AHvop  is  the  molar  enthalpy  of  vapor- 
;  ization,  and  C  is  a  constant.  The  Clausius-Clapeyron  equation 
predicts  that  a  graph  of  In  P  v  ersus  1/T  should  gi\'e  a  straight 
line  with  a  slope  equal  to  -AHvap/R.  Thus,  we  can  use  such  a 
plot  to  determine  the  enthalpy  of  vaporization  of  a  substance 
as  follows: 

AHvap  =  -slope  x  R 

As  an  example  of  the  application  of  the  Clausius-Clapeyron 
equation,  the  vapor-pressure  data  for  ethanol  shown  in 
Figure  11.24  are  graphed  as  In  P  versus  1/T  in  Figure  11.25  ►. 
The  data  lie  on  a  straight  line  with  a  negative  slope.  We  can 
use  the  slope  of  the  line  to  determine  AHvap  for  ethanol.  We 
can  also  extrapolate  the  line  to  obtain  values  for  the  vapor 
pressure  of  ethanol  at  temperatures  above  and  below  the  tem- 

perature range  for  which  we  have  data. 
Related  Exercises:  11.89,  11.90,  11.91 

7 

In  /' 

3  I  

0.0028  0.0030  0.0032  0.0034 

1/T 

▲  Figure  11.25   Linear  graph  of  vapor  pressure  data  for  ethanol. 
The  Clausius-Clapeyron  equation.  Equation  11  1  indicates  that  a  graph  of  In  P 
versus  I  T  gives  a  straight  line  whose  slope  equals  -  \Hvap/R.  The  slope  of 
this  line  gives  A  Wvap  =  38.56  kJ/mol. 

11.6  |  Phase  Diagrams  

The  equilibrium  between  a  liquid  and  its  vapor  is  not  the  only  dynamic  equi- 
librium that  can  exist  between  states  of  matter.  Under  appropriate  conditions  of 

temperature  and  pressure,  a  solid  can  be  in  equilibrium  with  its  liquid  state  or 
even  with  its  vapor  state.  A  phase  diagram  is  a  graphical  way  to  summarize  the 
conditions  under  which  equilibria  exist  between  the  different  states  of  matter. 
Such  a  diagram  also  allows  us  to  predict  the  phase  of  a  substance  that  is  stable 

at  any  given  temperature  and  pressure. 
The  general  form  of  a  phase  diagram  for  a  substance  that  can  exist  in  any 

one  of  the  three  phases  of  matter  is  shown  in  Figure  11.26  ►.  The  diagram  is  a 

two-dimensional  graph,  with  pressure  and  temperature  as  the  axes.  It  contains 
three  important  curves,  each  of  which  represents  the  conditions  of  temperature 
and  pressure  at  which  the  various  phases  can  coexist  at  equilibrium.  The  only 

substance  present  in  the  system  is  the  one  whose  phase  diagram  is  under  con- 
sideration. The  pressure  shown  in  the  diagram  is  either  the  pressure  applied  to 

the  system  or  the  pressure  generated  by  the  substance  itself.  The  curves  may  be 
described  as  follows: 

1.  The  line  from  A  to  B  is  the  vapor-pressure  curve  of  the  liquid.  It  represents 
the  equilibrium  between  the  liquid  and  gas  phases.  The  point  on  this  curve 

where  the  vapor  pressure  is  1  atm  is  the  normal  boiling  point  of  the  sub- 
stance. The  vapor-pressure  curve  ends  at  the  critical  point  (B),  which  is  at 

the  critical  temperature  and  critical  pressure  of  the  substance.  Beyond  the 
critical  point  the  liquid  and  gas  phases  become  indistinguishable  from  each 
other. 
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remperature 

▲  Figure  11.26  Phase  diagram  for  a  three-phase  system.  In  this  generic  diagram,  the  substance  being  investigated  can  exist  as  a  solid, 
a  liquid,  or  a  gas,  depending  on  pressure  and  temperature 

2.  The  line  AC  represents  the  variation  in  the  \  apor  pressure  of  the  solid  as  it 
sublimes  at  different  temperatures. 

3.  The  line  from  A  through  /'  represents  the  change  in  melting  point  of  the 
solid  with  increasing  pressure.  This  line  usually  slopes  slightly  to  the  right 
as  pressure  increases,  because  for  most  substances  the  solid  Form  is  denser 

than  the  liquid  form.  An  increase  in  pressure  usually  favors  the  more  com- 
pact solid  phase;  thus,  higher  temperatures  are  required  to  melt  the  solid  at 

higher  pressures.  The  melting  point  of  a  substance  is  identical  to  its  freezing 
point.  The  two  differ  only  in  the  direction  from  w  hich  the  phase  change  is 
approached.  The  melting  point  at  1  atm  is  the  normal  melting  point. 

Point  A,  where  the  three  curves  intersect,  is  known  as  the  triple  point.  All 
three  phases  are  in  equilibrium  at  this  temperature  and  pressure.  Any  other  point 
on  the  three  curves  represents  an  equilibrium  between  two  phases.  Any  point  on 
the  diagram  that  does  not  fall  on  a  line  corresponds  to  conditions  under  w  hich 

only  one  phase  is  present.  The  gas  phase,  for  example,  is  stable  at  low  pressures 
and  high  temperatures,  whereas  the  solid  phase  is  stable  at  low  temperatures  and 
high  pressures.  Liquids  are  stable  in  the  region  between  the  other  two. 

Q    GIVE  IT  SOME  THOUGHT 

On  a  phase  diagram,  which  way  does  the  line  representing  melting  point  usually 
slope,  and  why? 

The  Phase  Diagrams  of  H20  and  C02 

Figure  1 1.27  ►  shows  the  phase  diagrams  of  ll:0  and  C  CK.  I  he  solid-liquid 
equilibrium  (melting  point)  line  of  C02  follows  the  typical  behavior,  slanting  to 
the  right  with  increasing  pressure,  telling  you  that  its  melting  point  increases 
with  increasing  pressure.  In  contrast,  the  melting  point  line  of  I  is  atypical, 

slanting  to  the  left  with  increasing  pressure,  indicating  that  for  water  the  melt- 
ing point  decreases  with  increasing  pressure.  As  seen  in  Figure  11.11,  water  is 

among  the  very  few  substances  w  hose  liquid  form  is  more  compact  than  its 
solid  form. 

The  triple  point  of  FhO  (0.0098°C  and  4.58  tori  )  is  at  much  low  er  pressure 
than  that  of  CO:  (-56.4°C  and  5.11  .Urn).  For  CG2  to  exist  as  a  liquid,  the 

ACTIVITY 
Phase  Diagram 
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►  Figure  11.27   Phase  diagrams  of  H20 
and  C02.  The  axes  are  not  drawn  to  scale  in 
either  case.  In  (a),  for  water,  note  the  triple  point 

A  (0.0098°C,  4.58  torr),  the  normal  melting  (or 
freezing)  point  B  (0°C,  1  atm),  th€  normal  boiling 
point  C  (100°C,  1  atm),  and  the  critical  point  D 
(374.4°C,  217.7  atm).  In  (b),  for  carbon  dioxide, 
note  the  triple  point  X  ( -  56.4  C,  5.1 1  atm),  the 
normal  sublimation  point  K(-78.5°C,  1  atm), 
and  the  critical  pointZ  (31.1°C,  73.0  atm). 

ANIMATION 
Phase  Diagram  of  Water 
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▲  Figure  11.28  Phase  diagram  of  H20. 
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pressure  must  exceed  5.11  atm.  Consequently,  solid  CCK  does  not  melt,  but  sub- 
limes when  heated  at  1  atm.  Thus,  COt  does  not  have  a  normal  melting  point; 

instead,  it  has  a  normal  sublimation  point,  -78.5°C.  Because  CO2  sublimes 
rather  than  melts  as  it  absorbs  energy  at  ordinary  pressures,  solid  CO2  (Dry  Ice) 
is  a  convenient  coolant.  For  water  (ice)  to  sublime,  however,  its  vapor  pressure 

must  be  below  4.58  torr.  Food  is  freeze-dried  by  placing  frozen  food  in  a  low- 
pressure  chamber  (below  4.58  torr)  so  that  the  ice  in  it  sublimes. 

■■  SAMPLE  EXERCISE  11.6  I  Interpreting  a  Phase  Diagram 

Referring  to  Figure  11.28  A,  describe  any  changes  in  the  phases  present  when  H20  is 

(a)  kept  at  0°C  while  the  pressure  is  increased  from  that  at  point  1  to  that  at  point  5 
(vertical  line),  (b)  kept  at  1.00  atm  while  the  temperature  is  increased  from  that  at 
point  6  to  that  at  point  9  (horizontal  line). 

Solution 

Analyze:  We  are  asked  to  use  the  phase  diagram  provided  to  deduce  what  phase 
changes  might  occur  when  specific  pressure  and  temperature  changes  are  brought 
about. 
Plan:  Trace  the  path  indicated  on  the  phase  diagram,  and  note  what  phases  and 

phase  changes  occur. 
Solve:  (a)  At  point  1,  H20  exists  totally  as  a  vapor.  At  point  2  a  solid-vapor  equilibri- 

um exists.  Above  that  pressure,  at  point  3,  all  the  H20  is  converted  to  a  solid.  At  point 
4  some  of  the  solid  melts  and  an  equilibrium  between  solid  and  liquid  is  achieved.  At 
still  higher  pressures  all  the  H20  melts,  so  only  the  liquid  phase  is  present  at  point  5. 
(b)  At  point  6  the  H20  exists  entirely  as  a  solid.  When  the  temperature  reaches  point 
4,  the  solid  begins  to  melt  and  an  equilibrium  exists  between  the  solid  and  liquid 
phases.  At  an  even  higher  temperature,  point  7,  the  solid  has  been  converted  entirely 
to  a  liquid.  A  liquid-vapor  equilibrium  exists  at  point  8.  Upon  further  heating  to  point 
9,  the  H20  is  converted  entirely  to  the  vapor  phase. 

I  he  indicated  phases  and  phase  changes  are  consistent  with  our  know  ledge 
of  the  properties  of  water. 

WM  PRACTICE  EXERCISE 

Using  Figure  11.27(b),  describe  what  happens  when  the  following  changes  are  made 

in  a  CGs  sample  initially  at  1  atm  and  -60°C:  (a)  Pressure  increases  at  constant  tem- 
perature to  60  atm.  (b)  Temperature  increases  from  -60°C  to  -20°C  at  constant 

60  atm  pressure. 
Anszvers:  (a)  C02(^)   »  CQ2(s);  (b)  C02(s)   >  CD2(/) 

11.7  I  Structures  of  Solids 

Throughout  the  remainder  of  this  chapter  we  will  focus  on  how  the  properties 
of  solids  relate  to  their  structures  and  bonding.  Solids  can  be  either  crystalline 

or  amorphous  (noncrystalline).  In  a  crystalline  solid  the  atoms,  ions,  or  mole- 
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cules  are  ordered  in  well-defined  arrangements.  These  solids  usually  have  Hat 
surfaces,  or  faces,  that  make  definite  angles  with  one  another.  The  orderly  stacks 

of  particles  that  produce  these  faces  also  canst'  the  solids  to  have  highly  regular 
shapes  (Figure  11.29  ▲).  Quartz  and  diamond  are  crystalline  solids. 

An  amorphous  solid  (from  the  Greek  words  for  "w  ithout  form")  is  a  solid 
whose  particles  have  no  orderly  structure.  These  solids  lack  well-defined  faces 
and  shapes.  Many  amorphous  solids  are  mixtures  oi  molecules  that  do  not 
stack  together  well.  Most  others  are  composed  ol  large,  complicated  molecules. 
Familiar  amorphous  solids  include  rubber  and  glass. 

Quartz  (SiCK)  is  a  crystalline  solid  with  a  three-dimensional  structure  like 

that  shown  in  Figure  11.30  T(a).  When  quartz  melts  (at  about  1600  C),  it  be- 
comes a  viscous,  tacky  liquid.  Although  the  silicon-oxygen  network  remains 

(c) 

A  Figure  11.29   Crystalline  solids. 
Crystalline  solids  come  in  a  variety  of  forms  and 

colors:  (a)  pyrite  (fool's  gold),  (b)  fluonte, 
(c)  amethyst. 
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▲  Figure  11.30   Schematic  comparisons  of  crystalline  Si02  (quartz)  and  amorphous  Si02  (quartz  glass).  The  structun 
and  not  planar  as  drawn.  The  two-dimensional  unit  shown  as  the  basic  building  block  of  the  structure  (silicon  and  three  oxygens 
coming  out  of  the  plane  of  the  paper  and  capable  of  bonding  to  other  silicon  atoms.  The  actual  three-dimensional  building  block  is  shown 
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largely  intact,  many  Si  — O  bonds  are  broken,  and  the  rigid  order  of  the  quartz 
is  lost.  If  the  melt  is  rapidly  cooled,  the  atoms  are  unable  to  return  to  an  orderly 
arrangement.  As  a  result,  an  amorphous  solid  known  either  as  quartz  glass  or 
as  silica  glass  results  [Figure  11.30(b)]. 

Because  the  particles  of  an  amorphous  solid  lack  any  long-range  order,  in- 
termolecular forces  vary  in  strength  throughout  a  sample.  Thus,  amorphous 

solids  do  not  melt  at  specific  temperatures.  Instead,  they  soften  over  a  tempera- 
ture range  as  intermolecular  forces  of  various  strengths  are  overcome.  A  crys- 

talline solid,  in  contrast,  melts  at  a  specific  temperature. 

Q    GIVE  IT  SOME  THOUGHT 

What  is  the  general  difference  in  the  melting  behaviors  of  crystalline  and  amorphous 
solids? 

4*"  4*  4* 

4*  i  4*  ;  4*  |  4*  4* 

4*~  ■  Hih~ "  -  ~4*  4* 

4*     4*     4*     4*  4* 

'-"4*     4*  4* 

*     *     *     4.  * 

▲  Figure  11.31  A  two-dimensional 
analog  of  a  lattice  and  its  unit  cell.  The 
wallpaper  design  shows  a  characteristic  repeat 
pattern.  Each  dashed  blue  square  denotes  a  unit 
cell  of  the  pattern.  The  unit  cell  could  equally  well 
be  selected  with  red  figures  at  the  corners. 

Lattice 

point ▲  Figure  11.32   Part  of  a  simple  crystal 
lattice  and  its  associated  unit  cell.  A  lattice  is 
an  array  of  points  that  define  the  positions  of 
particles  in  a  crystalline  solid.  Each  lattice  point 
represents  an  identical  environment  in  the  solid. 
The  points  here  are  shown  connected  by  lines  to 
help  convey  the  three-dimensional  character  of 
the  lattice  and  to  help  us  see  the  unit  cell. 

3-D  MODELS 
Primitive  Cubic ,  Body-Centered  Cubic, 
Face-Centered  Cubic 

Unit  Cells 

The  characteristic  order  of  crystalline  solids  allows  us  to  convev  a  picture  of  an 
entire  crystal  by  looking  at  only  a  small  part  of  it.  We  can  think  of  the  solid  as 
being  built  up  by  stacking  together  identical  building  blocks,  much  as  a  brick 

wall  is  formed  by  stacking  rows  of  individual  "identical"  bricks.  The  repeating 
unit  of  a  solid,  the  crystalline  "brick,"  is  known  as  the  unit  cell.  A  simple  two- 
dimensional  example  appears  in  the  sheet  of  wallpaper  shown  in 
Figure  11.31  <  There  are  several  ways  of  choosing  a  unit  cell,  but  the  choice  is 
usually  the  smallest  unit  cell  that  shows  clearly  the  symmetry  characteristic  of 
the  entire  pattern. 

A  crystalline  solid  can  be  represented  by  a  three-dimensional  array  of 
points  called  a  crystal  lattice.  Each  point  in  the  lattice  is  called  a  lattice  point, 
and  it  represents  an  identical  environment  within  the  solid.  The  crystal  lattice 
is,  in  effect,  an  abstract  scaffolding  for  the  crystal  structure.  We  can  imagine 

forming  the  entire  crystal  structure  by  arranging  the  contents  of  the  unit  cell  re- 
peatedly on  the  crystal  lattice.  In  the  simplest  case  the  crystal  structure  would 

consist  of  identical  atoms,  and  each  atom  would  be  centered  on  a  lattice  point. 
This  is  the  case  for  most  metals. 

Figure  11.32  -4  shows  a  crystal  lattice  and  its  associated  unit  cell.  In  general, 
unit  cells  are  parallelepipeds  (six-sided  figures  whose  faces  are  parallelo- 

grams). Each  unit  cell  can  be  described  by  the  lengths  of  the  edges  of  the  cell 

and  by  the  angles  between  these  edges.  The  lattices  of  all  crystalline  com- 
pounds can  be  described  by  seven  basic  types  of  unit  cells.  The  simplest  of 

these  is  the  cubic  unit  cell,  in  which  all  the  sides  are  equal  in  length  and  all  the 

angles  are  90°. There  are  three  kinds  of  cubic  unit  cells,  as  illustrated  in  Figure  11.33  T. 
When  lattice  points  are  at  the  corners  only,  the  unit  cell  is  called  primitive  cubic 

(or  simple  cubic).  When  a  lattice  point  also  occurs  at  the  center  of  the  unit  cell, 

I  'i  imith  e  i  ubk Body-centered  cubic 
9^  ysc 
Face-centered  cubic 

▲  Figure  11.33  The  three  types  of  unit  cells  found  in  cubic  lattices.  For  clarity,  the  corner 
spheres  are  red  and  the  body-centered  and  face-centered  ones  are  yellow.  Each  sphere  represents  a 
lattice  point  (an  identical  environment  in  the  solid). 
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▲  Figure  11.34   Space-filling  view  of  cubic  unit  cells.  Only  the  portion  of  each  atom  that  belongs  to  the  unit  cell  is  shown 

TABLE  11.6   Fraction  of  an  Atom 

that  Occupies  a  Unit  Cell  for 
Various  Positions  in  the  Unit  Cell 

the  cell  is  body-centered  cubic.  When  the  cell  has  lattice  points  at  the  center  of 
each  face,  as  well  as  at  each  corner,  it  is  face-centered  cubic. 

The  simplest  crystal  structures  are  cubic  unit  cells  with  only  one  atom  cen- 
tered at  each  lattice  point.  Most  metals  have  such  structures.  Nickel,  for  example, 

has  a  face-centered  cubic  unit  cell,  whereas  sodium  has  a  body-centered  cubic 
one.  Figure  11.34  A  shows  how  atoms  fill  the  cubic  unit  cells.  Notice  that  the 
atoms  on  the  corners  and  faces  do  not  lie  wholly  within  the  unit  cell.  Instead, 
mese  atoms  are  shared  between  unit  cells.  Table  11.6  ►  summarizes  the  fraction 

of  an  atom  that  occupies  a  unit  cell  when  atoms  are  shared  between  unit  cells. 

9 GIVE  IT  SOME  THOUGHT 

For  a  structure  consisting  of  identical  atoms,  how  many  atoms  are  contained  in  the 

body-centered  cubic  unit  cell? 

The  Crystal  Structure  of  Sodium  Chloride 

In  the  crystal  structure  of  NaCl  (Figure  11.35  ▼)  we  can  center  either  the  Na ' 
ions  or  the  CP  ions  on  the  lattice  points  of  a  face-centered  cubic  unit  cell.  I  hus, 
we  can  describe  the  structure  as  being  face-centered  cubic. 

In  Figure  11.35  the  Na+  and  CI  ions  have  been  moved  apart  so  the  symme- 
try of  the  structure  can  be  seen  more  clearly.  In  this  representation  no  attention 

Position  in Fraction  in 
Unit  Cell Unit  Cell 

Center 1 
Face i 

i 
Edge 

! 
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3-D  MODEL 

Salt 

(a) (b) 

A  Figure  11.35   Two  ways  of  defining  the  unit  cell  of  NaCl.  A  representation  of  an  NaCl  crystal  lattice  can  show  either  (a)  ( I 

spheres)  or  (b)  Na  ions  (purple  spheres)  at  the  lattice  points  of  the  unit  cell.  In  both  cases,  the  red  lines  define  the  unit  cell  Both  of  'lies 
for  the  unit  cell  are  acceptable;  both  have  the  same  volume,  and  in  both  cases  identical  points  are  arranged  in  a  face-centered  cubic  fa: 
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<  Figure  11.36   Relative  size  of  ions  in  an  NaCI  unit 
cell.  As  in  Figure  11.35,  purple  represents  Na  ions  and  green 
represents  CI  ions.  Only  portions  of  most  of  the  ions  lie 
within  the  boundaries  of  the  single  unit  cell. 

is  paid  to  the  relative  sizes  of  the  ions.  The  representation  in  Figure  11.36  <,  on 
the  other  hand,  shows  the  relative  sizes  of  the  ions  and  how  they  fill  the  unit 
cell.  Notice  that  the  particles  at  corners,  edges,  and  faces  are  shared  by  other unit  cellsv 

The  total  cation-to-anion  ratio  of  a  unit  cell  must  be  the  same  as  that  for  the 

entire  crystal.  Therefore,  within  the  unit  cell  of  NaCI  there  must  be  an  equal 

number  of  Na+  and  CI    ions.  Similarly,  the  unit  cell  for  CaCb  would  have  one 

.2+ 
Ca~  for  every  two  CI  ,  and  so  forth. 

■■  SAMPLE  EXERCISE  11.7  |  Determining  the  Contents  of  a  Unit  Cell 

Determine  the  net  number  of  Na+  and  CI   ions  in  the  NaCI  unit  cell  (Figure  11.36). 
Solution 

Analyze:  We  must  sum  the  various  contributing  elements  to  determine  the  number  of  Na*  and  CI   ions  within  the  unit  cell. 
Plan:  To  find  the  total  number  of  ions  of  each  type,  we  must  identify  the  different  locations  within  the  unit  cell  and  determine  the 
fraction  of  the  ion  that  lies  within  the  unit  cell  boundaries. 

Solve:  There  is  one-fourth  of  an 

Na'  on  each  edge,  a  whole  Na*  in the  center  of  the  cube  (refer  also  to 

Figure  11.35),  one-eighth  of  a  Cl~  on each  corner,  and  one-half  of  a  CI 
on  each  face.  Thus,  we  have  the 
following: 

Thus,  the  unit  cell  contains 

Check:  This  result  agrees  with  the 

compound's  stoichiometry: 

Na*:  (]  Na"  per  edge )( 12  edges)  =  3  Na' 

(1  Na*  percenter)(l  center)  =  1  Na' 

CP:  (^Cl*  per  corner )(8  corners)  =  1  CI 

(=,  CI"  per  face)(6  faces)  =  3  CI 
4  Na*  and  4  CI 

1  Na*  for  each  CI* 

H  PRACTICE  EXERCISE 

The  element  iron  crystallizes  in  a  form  called  a-iron,  which  has  a  body-centered  cubic  unit  cell.  How  many  iron  atoms  are  in  the 
unit  cell? 
Answer:  two 

M  SAMPLE  EXERCISE  1 1 .8  |  Using  the  Contents  and  Dimensions  of  a  Unit  Cell  to  Calculate  Density 

The  geometric  arrangement  of  ions  in  crystals  of  LiF  is  the  same  as  that  in  NaCI.  The  unit  cell  of  LiF  is  4.02  A  on  an  edge.  Calcu- 
late the  density  of  LiF. 

Solution 

Analyze:  We  are  asked  to  calculate  the  density  of  LiF  from  the  size  of  the  unit  cell. 
Plan:  We  need  to  determine  the  number  of  formula  units  of  LiF  within  the  unit  cell.  From  that,  we  can  calculate  the  total  mass 
within  the  unit  cell.  Because  we  know  the  mass  and  can  calculate  the  volume  of  the  unit  cell,  we  can  then  calculate  density. 

Solve:  The  arrangement  of  ions  in 
LiF  is  the  same  as  that  in  NaCI  (Sam- 

ple Exercise  11.7),  so  a  unit  cell  of 
LiFcontains  4  I  i   ions  and  4  F  ions. 

Density  measures  mass  per  unit  vol- 
ume. Thus,  we  can  calculate  the 

density  of  1  il  from  the  mass  con- 
tained in  a  unit  cell  and  the  volume 

of  the  unit  cell.  The  mass  contained 

m  one  unit  cell  is  4(6.94  amu)  -t  4(19.0  amu)  =  103.8  amu 



11.7     |     Structures  ol  Solids 

The  volume  of  a  cube  of  length  a  on 

an  edge  is  (/ ',  so  the  volume  of  the 
unit  cell  is  (4.02  A)3.  We  can  now 
calculate  the  density,  converting  to 
the  common  units  ofg/cm  : 

Check:  This  value  ogives  with  that  found  hv  simple  density  measurements,  2.640  g  cm  '  at  2D  C.  The  size  and  contents  ol  the  unit 
cell  are  therefore  consistent  with  the  mac  roscopic  density  of  the  substance. 

BB  PRACTICE  EXERCISE 

The  body-centered  i  ubic  unit  cell  ol  a  particular  crystalline  form  of  iron  is  2.NM->4  A  on  each  side.  Calculate  the  densit\  ol  this  form 
of  iron. 

Answer  7.8753  g/cm 

(103.8  amu)/  lg         \/     1  A 
Density  =  -        .  -     —  — rr~  2.65g/cm 

(4.02  A)'    \b.02  ■   10- 'amu  A  10  cm 

Close  Packing  of  Spheres 

The  structures  adopted  by  crystalline  solids  are  those  that  bring  particles  in 
closest  contact  to  maximize  the  attractive  forces  between  them.  In  many  cases 

the  particles  that  make  rip  the  solids  are  spherical  or  approximately  so.  Such  is 
the  case  for  atoms  in  metallic  solids.  It  is  therefore  instructive  to  consider  how 

equal-sized  spheres  can  pack  most  efficiently  (that  is,  with  the  minimum 
amount  of  empty  space). 

The  most  efficient  arrangement  of  a  layer  of  equal-sized  spheres  is  shown 
in  Figure  11.37  ▼(a).  Each  sphere  is  surrounded  by  six  others  in  the  layer.  A  sec- 

ond layer  of  spheres  can  be  placed  in  the  depressions  on  top  of  the  first  layer.  A 
third  layer  can  then  be  added  above  the  second  with  the  spheres  sitting  in  the 
depressions  of  the  second  layer.  However,  there  are  two  types  of  depressions 
for  this  third  layer,  and  they  result  in  ditterent  structures,  as  shown  in 
Figure  11.37(b)  and  (c). 

If  the  spheres  of  the  third  layer  are  placed  in  line  with  those  of  the  first 
layer,  as  shown  in  Figure  11.37(b),  the  structure  is  known  as  hexagonal  close 

packing.  The  third  layer  repeats  the  first  layer,  the  fourth  layer  repeats  the  sec- 
ond layer,  and  so  forth,  giving  a  layer  sequence  that  we  denote  ABAB. 
The  spheres  of  the  third  layer,  however,  can  be  placed  so  they  do  not  sit 

above  the  spheres  in  the  first  layer.  The  resulting  structure,  shown  in 
Figure  11.37(c),  is  known  as  cubic  close  packing.  In  this  case  it  is  the  fourth 
layer  that  repeats  the  first  layer,  and  the  layer  sequence  is  ABCA.  Although  it 

cannot  be  seen  in  Figure  11.37(c),  the  unit  cell  of  the  cubic  close-packed  struc- 
ture is  face-centered  cubic. 

In  both  of  the  close-packed  structures,  each  sphere  has  12  equidistant  near- 
est neighbors:  six  in  one  plane,  three  above  that  plane,  and  three  below.  We  say 

that  each  sphere  has  a  coordination  number  of  12.  I  he  coordination  number  is 
the  number  of  particles  immediately  surrounding  a  particle  in  the  crystal 

MOVIE 
Close  Packing 

4^ 

ANIMATION 
Close  Packing 

Close-packed 
layer  of  spheres 

-  A 

-  A 

C 

B 

m—  a 

■4  Figure  11.37   Close  packing  of 
equal-sized  spheres,  (a)  Clos 

single  layer  of  equal-si/ed  spheres  (b)  In  the 
hexagonal  close-packed  structure  the  a 
the  third  layer  lie  directly  over  those 
layer.  The  order  of  layers  is  ABAB  I 
cubic  close-packed  structure  tl 
third  layer  are  not  over  tho< 
Instead,  they  are  off 
layer  that  lies  directly 

order  of  layers  is  ABCA 

a (b) 

(<  ) 
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structure.  In  both  types  of  close  pocking,  74",,  of  the  total  volume  of  the  struc- 

ture is  occupied  by  spheres;  26"/,,  is  empty  space  between  the  spheres.  By  com- 
parison, each  sphere  in  the  body-centered  cubic  structure  has  a  coordination 

number  of  8,  and  only  68%  of  the  space  is  occupied.  In  the  primitive  cubic  struc- 

ture the  coordination  number  is  6,  and  only  52" <•  of  the  space  is  occupied. 
When  unequal-sized  spheres  are  packed  in  a  lattice,  the  larger  particles 

sometimes  assume  one  of  the  close-packed  arrangements,  with  smaller  parti- 
cles occupying  the  holes  between  the  large  spheres.  In  Li:0,  for  example,  the 

larger  oxide  ions  assume  a  cubic  close-packed  structure,  and  the  smaller  Li" 
ions  occupy  small  cavities  that  exist  between  oxide  ions. 

Q    CIVE  IT  SOME  THOUCHT 

Based  on  the  information  given  above  for  close-packed  structures  and  structures 
with  cubic  unit  cells,  what  qualitative  relationship  exists  between  coordination  num- 

bers and  packing  efficiencies? 

11.8  |  Bonding  in  Solids  

The  physical  properties  of  crystalline  solids,  such  as  melting  point  and  hard- 
ness, depend  both  on  the  arrangements  of  particles  and  on  the  attractiv  e  forces 

between  them.  Table  11.7  T  classifies  solids  according  to  the  types  of  forces  be- 
tween particles  in  solids. 

Molecular  Solids 

Molecular  solids  consist  of  atoms  or  molecules  held  together  by  intermolecular 

forces  (dipole-dipole  forces,  London  dispersion  forces,  and  hydrogen  bonds). 
Because  these  forces  are  weak,  molecular  solids  are  soft.  Furthermore,  they  nor- 

mally have  relatively  low  melting  points  (usually  below  200°C).  Most  sub- 
stances that  are  gases  or  liquids  at  room  temperature  form  molecular  solids  at 

low  temperature.  Examples  include  Ar,  FLO,  and  C02. 
The  properties  of  molecular  solids  depend  not  only  on  the  strengths  of  the 

forces  that  exist  between  molecules,  but  also  on  the  abilities  of  the  molecules  to 

1  TABLE  11.7 Types  of  Crystalline  Solids 

Type  of Solid 
Form  of  Unit 
Particles Forces  Between  Particles 

Properties 
Examples 

Molecular Atoms  or 
molecules 

London  dispersion 

forces,  d ipole-d i pole 
forces,  hydrogen 
bonds 

Fairly  soft,  low  to  moderately 
high  melting  point,  poor 
thermal  and  electrical 
conduction 

Argon,  Ar;  methane, 
CH4:  sucrose, 

Q2H22O11:  Dry 

Ice,  CO 2 

Covalent- 
network 

Atoms  connected 
in  a  network  of 
covalent  bonds 

C  i  >\  dlent  bonds Very  hard,  very  high  melting 

point,  often  poor  thermal 
and  electrical  conduction 

Diamond,  C;  quartz, 

Si02 

loni< Positiv  e  and 

negative  ions 

Electrostatic 
attractions 

Hard  and  brittle,  high  melting 

point,  poor  thermal  and electrical  conduction Typical  salts — for 
example,  NaCl, 
Ca(N03)2 

Metallic Atoms Metallic  bonds Soft  to  very  hard,  low  to 
very  high  melting  point, 
excellent  thermal  and 
electrical  conduction, 
malleable  and  ductile 

All  metallic 

elements — for example,  Cu,  Fe, 

AL  Pt 



1 1 .8  Bonding 

•\  CL(  )SER  LOO       X  Ray  Diffraction  by  Crystals 

When  light  waves  pass  through  a  narrow  slit,  they  arc 
scattered  in  such  <i  way  that  the  wave  seems  to  spread 

out.  This  physical  phenomenon  is  called  diffrcH  tion.  When  light 
passes  through  main  evenly  spaced  narrow  slits  fa  diffraction 
grating),  the  scattered  waves  interact  to  form  a  series  of  light 
and  dark  bands,  know  n  as  a  diffraction  pattern.  I  he  most  ef- 

fective diffraction  of  light  occurs  when  the  wavelength  o(  the 
light  and  the  width  of  the  slits  art'  similar  in  magnitude. 

The  spacing  of  the  layers  of  atoms  in  solid  i  r\  stals  is  usu- 
ally about  2-20  A.  The  wavelengths  of  X  rays  are  also  in  this 

range.  Thus,  a  crystal  can  serve  as  an  effective  diffraction  grat- 
ing for  X  rays.  X-ray  diffraction  results  from  the  sc  altering  of  X 

rays  by  a  regular  arrangement  of  atoms,  molecules,  or  ions. 
Much  of  what  we  know  about  i  rystal  structures  has  been  ob- 

tained from  studies  of  X-ray  diffraction  by  crystals,  a  tech- 
nique known  as  X-ray  crystallography.  Figure  11.38  V  depicts 

the  diffraction  of  a  beam  of  X  rays  as  it  passes  through  a  <  r\  s- 
tal.  The  diffracted  X  rays  were  formerly  detected  In  a  photo- 

graphic film.  Today,  crvstallographers  use  an  array  detector,  a 
device  analogous  to  th.it  used  in  digital  cameras,  to  capture 

and  measure  the  intensities  of  the  dilfr.u  ted  rays.  I  he  diffrat  - 
Hon  pattern  of  spots  on  the  detector  in  I  igure  11.38  depends 
on  the  particular  arrangement  of  atoms  in  the  crystal.  Ihus, 

different  types  of  crystals  give  rise  to  different  diffraction  pat- 

terns. In  1913  the  English  scientists  William  and  Lawrence 
Bragg  (father  and  son)  determined  for  the  first  time  how  the 

spacing  ot  layers  in  crystals  leads  to  different  X-ra\  diffraction 
patterns,  By  measuring  the  intensities  of  the  diffracted  beams 
and  the  angles  at  which  they  are  diffracted,  it  is  possible  to 
reason  backward  to  the  structure  that  must  have  given  rise 
to  the  pattern.  One  ot  the  most  famous  X-ra\  diffraction  pat- 

terns is  the  one  tor  crystals  of  the  genetic  material  DNA 
(Figure  11.39  ▼),  first  obtained  in  the  earl\  1950s.  Working 
from  photographs  such  as  this  one,  Francis  Crick,  Rosalind 
Franklin,  James  Watson,  and  Maurice  Wilkins  determined  the 
double-helix  structure  of  DNA,  one  of  the  most  important  dis- 
co\  eries  in  molec  ular  biology. 

Today  X-ray  crystallography  is  used  extensiveh  to  deter 
mine  the  structures  of  molecules  in  crystals.  I  he  instruments 
used  to  measure  X-ray  diffraction,  known  as  X-ray  diffractontc 
ters,  are  now  computer-controlled,  making  the  collection  ol 
diffraction  data  highly  automated.  I  he  diffraction  pattern  ol  a 

crystal  can  be  determined  ver)  accuratel)  and  quickh  (some- 
times in  a  matter  ol  hours)  even  though  thousands  of  diffrac- 

tion points  are  measured.  C  omputer  programs  are  then  used 
to  analyze  the  diffrat  tion  data  and  determine  the  arrangement 
and  structure  ol  the  molecules  in  the  i  r\  stal. 
Related  Exercises:  1 1 .95,  1 1 .96 

X-ray  tube 
source 

Crystalline solid 

'       Incident  beam 

I  )iffrai  ted  X  rays 

X-ra\  detec  lor 

Lead 

►  Figure  11.39   The  X-ray  diffraction 
photograph  of  one  form  of  crystalline  DNA. 
This  photograph  was  taken  in  the  early  1950s. 
From  the  pattern  of  dark  spots,  the  double-helical 
shape  of  the  DNA  molecule  was  deduced. 

A  Figure  11.38   Diffraction  of 

X  rays  by  a  crystal.  In  X-ray 
crystallography,  an  X-ray  beam  is 
diffracted  by  a  crystal.  The  diffraction 
pattern  can  be  recorded  as  spots 
where  the  diffracted  X  rays  strike  a 
detector,  which  records  the  positions 
and  intensities  of  the  spots 

000- 

40,01)1)  volts 
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CH-, OH 

Melting  point  (:C) 
Boiling  point  (°C) 

Benzene 

80 

▲  Figure  11.40  Comparative  melting 
and  boiling  points  for  benzene,  toluene,  and 

phenol. 

pack  efficiently  in  three  dimensions.  Benzene  (C6H6),  for  exam- 
ple, is  a  highly  symmetrical  planar  molecule.  >)  It 

has  .i  higher  melting  point  than  toluene,  a  compound  in  which 
one  of  the  hydrogen  atoms  of  benzene  has  been  replaced  by  a 

Oh  group  (Figure  1 1.40  <).  The  lower  symmetry  of  toluene 
molecules  prevents  them  from  packing  as  efficiently  as  benzene 
molecules.  As  a  result,  the  intermolecular  forces  that  depend  on 
close  contact  are  not  as  effective  and  the  melting  point  is  lower. 
In  contrast,  the  boiling  point  of  toluene  is  higher  than  that  of 

benzene,  indicating  that  the  intermolecular  attractive  forces  are  larger  in  liquid 
toluene  than  in  liquid  benzene.  Both  the  melting  and  boiling  points  of  phenol, 
another  substituted  benzene  shown  in  Figure  11.40,  are  higher  than  those  of 
benzene  because  the  OH  group  of  phenol  can  form  hydrogen  bonds. 

9 
GIVE  IT  SOME  THOUGHT 

Which  of  the  following  substances  would  you  expect  to  form  molecular  solids:  Co, 

C6H6,  or  K20? 

Pi 
3-D  MODELS 
Graphite,  Diamond,  Fullerene 

Covalent-Network  Solids 

Covalent-network  solids  consist  of  atoms  held  together  in  large  networks  or 

chains  by  covalent  bonds.  Because  covalent  bonds  are  much  stronger  than  in- 
termolecular forces,  these  solids  are  much  harder  and  ha\e  higher  melting 

points  than  molecular  solids.  Diamond  and  graphite,  two  allotropes  of  carbon, 

are  covalent-network  solids.  Other  examples  include  quartz,  SiO^:  silicon  car- 
bide, SiC;  and  boron  nitride,  BN. 

In  diamond  each  carbon  atom  is  bonded  to  four  other  carbon  atoms  as 

shown  in  Figure  11.41(a)  T.  This  interconnected  three-dimensional  array  of 

strong  carbon-carbon  single  bonds  contributes  to  diamond's  unusual  hardness. 
Industrial-grade  diamonds  are  employed  in  the  blades  of  saws  for  the  most  de- 

manding cutting  jobs.  Diamond  also  has  a  high  melting  point,  3550°C. 
In  graphite  the  carbon  atoms  are  arranged  in  layers  of  interconnected 

hexagonal  rings  as  shown  in  Figure  11.41(b).  Each  carbon  atom  is  bonded  to 
three  others  in  the  layer.  The  distance  between  adjacent  carbon  atoms  in  the 

plane,  1.42  A,  is  very  close  to  the  C  —  C  distance  in  benzene,  1.395  A.  In  fact,  the 
bonding  resembles  that  of  benzene,  with  delocalized  -  bonds  extending  oyer 
the  layers.  Electrons  move  freely  through  the  delocalized  or- 
bitals,  making  graphite  a  good  conductor  of  electricity  along  the  layers.  (If  you 
have  ever  taken  apart  a  flashlight  battery,  vou  know  that  the  central  electrode  in 
the  battery  is  made  of  graphite.)  The  layers,  which  are  separated  by  3.35  A,  are 

►  Figure  11.41  Structures  of  (a)  diamond 
and  (b)  graphite.  The  blue  color  in  (b)  is  added 
to  emphasize  the  planarity  of  the  carbon  layers. 

(a)  Diamond (b)  Graphite 



(d)  CsCl  (h)  ZnS  (c)  CaF2 

▲  Figure  11.42   Unit  cells  of  some  common  ionic  structures.  The  ZnS  shown  in  (b)  is  called  zinc  blende,  and  the  CaF2  of  (c)  is  known  as  fluorite 

held  together  by  weak  dispersion  tones.  The  layers  readily  slide  past  one  an- 
other when  rubbed,  giving  graphite  .1  greasy  feel.  Graphite  is  used  as  a  lubri- 

cant and  in  the  "lead"  in  pencils. 

Ionic  Solids 

Ionic  solids  consist  of  ions  held  together  by  ionic  bonds.  I  he 
strength  of  an  ionic  bond  depends  greatly  on  the  charges  of  the  ions.  Ihus, 

NaCI,  in  which  the  ions  have  charges  of  f  and  -,  has  a  melting  point  of  SOI  C, 
whereas  MgO,  in  which  the  charges  are  2  *  and  2   ,  melts  at  2852°C. 

The  structures  of  simple  ionic  solids  can  be  classified  as  a  few  basic  types. 
The  NaCI  structure  is  a  representative  example  of  one  type.  Other  compounds 
that  possess  this  same  structure  include  Lip  KCI,  AgCI,  and  CaO.  Ihree  other 
common  types  of  crystal  structures  are  shown  in  I  igure  1 1 .42  ▲. 

The  structure  adopted  by  an  ionic  solid  depends  largely  on  the  charges  and 

relativ  e  sizes  of  the  ions.  In  the  NaCI  structure,  for  example,  the  Na '  ions  have 
a  coordination  number  of  6  because  each  Na  '  ion  is  surrounded  by  six  nearest 
neighbor  CI  ions.  In  the  CsCl  structure  [Figure  11.42(a)],  by  comparison,  the 
CP  ions  adopt  a  primitive  cubic  arrangement  with  each  Cs  ion  surrounded  by 
eight  CI  ions.  The  increase  in  the  coordination  number  as  the  alkali  metal  ion 

changes  from  Na  '  to  Cs'  is  a  consequence  of  the  larger  size  of  Cs'  compared 
to  Na+. 

In  the  zinc  blende  (ZnS)  structure  [Figure  11.42(b)],  the  S-  ions  adopt  a 
face-centered  cubic  arrangement,  with  the  smaller  Zn  H  ions  arranged  so  they 
are  each  surrounded  tetrahedrally  bv  fourS  ions  (compare  with  Figure  11.33). 
CuCl  also  adopts  this  structure. 

In  the  fluorite  (CaF2)  structure  [Figure  1 1 .42(c) |,  the  C'.r  ions  are  shown  in 
a  face-centered  cubic  arrangement.  As  required  by  the  chemical  formula  of  the 
substance,  there  are  twice  as  many  F  ions  (gray)  in  the  unit  cell  as  there  are 

Ca2+  ions.  Other  compounds  that  have  the  fluorite  structure  include  Bat  I  1 
and  PbF2. 

Metallic  Solids 

Metallic  solids  consist  entirely  of  metal  atoms.  Metallic  solids  usually  have 

hexagonal  close-packed,  cubic  close-packed  (face-centered  cubic),  or  body- 
centered  cubic  structures.  Thus,  each  atom  typically  has  S  or  12  adjacent  atoms. 

The  bonding  in  metals  is  too  strong  to  be  due  to  London  dispersion  forces, 

and  yet  there  are  not  enough  valence  electrons  for  ordinary  covalent  bonds  be- 
tween atoms.  The  bonding  is  due  to  valence  electrons  that  are  delocalized 

throughout  the  entire  solid.  In  fact,  we  tan  visualize  the  metal  as  an  array  of 
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Buckyball 

f  ntil  the  mid-1980s  pure  solid  carbon  was  thought  to  exist 
v_J  in  only  two  forms:  diamond  and  graphite,  both  of  which 
are  covalent-network  solids.  In  1 985  a  group  of  researchers  led 
by  Richard  Smalley  and  Robert  Curl  of  Rice  University  in 
Houston  and  Harry  Kroto  of  the  University  of  Sussex  in  Eng- 

land made  a  startling  discovery.  They  vaporized  a  sample  of 
graphite  with  an  intense  pulse  of  laser  light  and  used  a  stream 
of  helium  gas  to  carry  the  vaporized  carbon  into  a  mass  spec- 

trometer (see  the  "Closer  Look"  box  in  Section  2.4).  The  mass 
spectrum  show  ed  peaks  corresponding  to  clusters  of  carbon 
atoms,  with  a  particularly  strong  peak  corresponding  to  mole- 

cules composed  of  60  carbon  atoms,  C^q. 
Because  Cw)  clusters  were  so  preferentially  formed,  the 

group  proposed  a  radically  different  form  of  carbon,  namely 
Cw)  molecules  that  were  nearly  spherical  in  shape.  They  pro- 

posed that  the  carbon  atoms  of  C^o  form  a  "ball"  with  32  faces, 
of  which  12  are  pentagons  and  20  are  hexagons 
(Figure  11.43  ▼),  exactly  like  a  soccer  ball.  The  shape  of  this 
molecule  is  reminiscent  of  the  geodesic  dome  invented  by  the 
U.S.  engineer  and  philosopher  R.  Buckminster  Fuller,  so  Cbn 

was  whimsically  named  "buckminsterfullerene,"  or  "bucky- 
ball"  for  short.  Since  the  discovery  of  CW|,  other  related  mole- cules of  carbon  atoms  have  been  discovered.  These  molecules 
are  now  known  as  fullerenes, 

Appreciable  amounts  of  buckyball  can  be  prepared  by 
electrically  evaporating  graphite  in  an  atmosphere  of  helium 
gas.  About  14%  of  the  resulting  soot  consists  of  Cw)  and  a  re- 

lated molecule,  C70,  which  has  a  more  elongated  structure. 
The  carbon-rich  gases  from  which  C6()  and  C70  condense  also 
contain  other  fullerenes,  mostly  with  more  carbon  atoms  such 
as  Cyh  and  C84.  The  smallest  possible  fullerene,  C20,  was  first 
detected  in  2000.  This  small  ball-shaped  molecule  is  much 
more  reactive  than  the  larger  fullerenes. 

Because  the  fullerenes  are  composed  of  individual  mole- 
cules, they  dissolve  in  various  organic  solvents,  whereas  dia- 
mond and  graphite  do  not  (Figure  11.44  T).  This  solubility 

permits  the  fullerenes  to  be  separated  from  the  other  compo- 
nents of  soot  and  even  from  each  other.  It  also  allows  the  study 

of  their  reactions  in  solution.  Study  of  these  substances  has  led 

to  the  discovery  of  some  very  interesting  chemistry.  For  exam- 
ple, it  is  possible  to  place  a  metal  atom  inside  a  buckyball,  gen- 

erating a  molecule  m  which  a  metal  atom  is  completely 
enclosed  by  the  carbon  sphere.  The  ChU  molecules  also  react 

with  potassium  to  give  K^C^i,  which  contains  a  face-centered 

cubic  array  of  buckyballs  with  K+  ions  in  the  cavities  between 
them.  This  compound  is  a  superconductor  at  18  K 
(Section  12.5),  suggesting  the  possibility  that  other  fullerenes 
may  also  have  interesting  electrical,  magnetic,  or  optical  prop- 

erties. For  their  discovery  and  pioneering  work  with 
fullerenes,  Professors  Smalley,  Curl,  and  Kroto  were  awarded 
the  1996  Nobel  Prize  in  chemistry. 
Related  Exercise:  11.97 

▲  Figure  11.43   The  buckminsterfullerene  molecule,  C60.  Ihe 
molecule  has  a  highly  symmetric  structure  in  which  the  60  carbon  atoms  sit  at 
the  vertices  of  a  truncated  icosahedron-the  same  geometry  as  a  soccer  ball. 

▲  Figure  11.44   Solutions  of  fullerenes.  Unlike  diamond  and  graphite, 
the  new  molecular  forms  of  carbon  can  be  dissolved  in  organic  solvents.  The 
orange  solution  on  the  left  is  a  solution  of  C70  in  n-hexane,  which  is  a  colorless 
liquid.  The  magenta  solution  on  the  right  is  a  solution  of  buckyball,  C60,  in n-hexane. 

positive  ions  immersed  in  a  sea  of  delocalized  valence  electrons,  as  shown  in 

Figure  1 1 .45  ►. 
Metals  vary  greatly  in  the  strength  of  their  bonding,  as  shown  by  their  wide 

range  of  physical  properties  such  as  hardness  and  melting  point.  In  general, 
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however,  the  strength  of  the  bonding  increases  as  the  number  of  electrons  avail- 
able for  bonding  increases.  Thus,  sodium,  w  hich  has  only  one  valence  electron 

per  atom,  melts  at  97.5°C,  whereas  chromium,  w  ith  si\  electrons  beyond  the 
noble-gas  core,  melts  at  18W  C.  The  mobility  of  the  electrons  explains  why  met- 

als are  good  conductors  ot  heat  and  electricity.  The  bonding  and  properties  of 
metals  will  be  examined  more  closely  in  Chapter  2.3. 

t 

rial  -  l+ 

■i  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

The  substance  CS2  has  a  melting  point  of  1  10.8  C  and  a  boiling  point  of  46.3  C.  Its 

density  at  20°C  is  1.26 g/cm3.  it  is  highly  inflammable,  (a)  What  is  the  name  of  this 
compound?  (b)  If  you  were  going  to  look  up  the  properties  of  this  substance  in  the 
CRC  Handbook  of  Chemistry  and  Physics,  would  you  look  under  the  physical  properties 
of  inorganic  or  organic  compounds?  Explain,  (c)  I  low  would  you  classify  CS2(s)  as  to 
type  of  crystalline  solid7  (d)  Write  a  balanced  equation  for  the  combustion  of  this 
compound  in  air.  (You  will  have  to  decide  on  the  most  likely  oxidation  products.) 

(e)  The  critical  temperature  and  pressure  lor  C'Sj  are  SS2  K  and  78  atm,  respectively. 
Compare  these  values  with  those  for  C02  (Table  1 1.5),  and  diseuss  the  possible  ori- 

gins of  the  differences,  (f)  Would  you  expect  the  density  of  CS2  at  40  C  to  be  greater 
or  less  than  at  20  C?  What  accounts  for  the  difference? 

Solution  (a)  The  compound  is  named  carbon  disulfide,  in  analogy  w  ith  the  naming 
of  other  binary  molecular  compounds.  (b)  The  substance  w  ill  be 
listed  as  an  inorganic  compound.  It  contains  no  carbon-carbon  bonds,  or  C  —  H 
bonds,  which  are  the  usual  structural  features  of  organic  compounds,  (c)  Because 
CS2(s)  consists  of  individual  CS2  molecules,  it  would  be  a  molecular  solid  in  the  clas- 

sification scheme  of  Table  1 1 .7.  (d)  The  most  likely  produ(  ts  ol  the  combustion  will  be 
C02  and  S02.  Under  some  conditions  SO3  might  be 
formed,  but  this  would  be  the  less  likely  outcome.  Thus,  we  have  the  following  equa- 

tion for  combustion: 

CS2(/)  +  3  02(x) C02(g)  '  2S02(£) 

(e)  The  critical  temperature  and  pressure  of  C  S2  (SS2  K  and  7S  atm)  are  both  higher 
than  those  given  for  CC)2  in  Table  1 1.5  (304  K  and  73  atm).  I  he  difference  in  critical 
temperatures  is  especially  notable.  The  higher  values  tor  CS2  arise  from  the  greater 
London  dispersion  attractions  between  the  CS2  molecules  compared  with  CO,. 
These  greater  attractions  are  due  to  the  larger  size  of  the  sulfur  compared  to  oxygen 
and  therefore  its  greater  polarizability.  (f)  The  density  would  be  low  er  at  the  higher 
temperature.  Density  decreases  with  increasing  temperature  because  the  molecules 
possess  higher  kinetic  energies.  Their  more  energetic  movements  result  in  larger  av  - 

erage spacings  per  molecule,  which  translate  into  lower  densities 

▲  Figure  11.45   Representation  of  a  cross 
section  of  a  metal.  Each  sphere  represents  the 
nucleus  and  inner-core  electrons  of  a  metal  atom 

The  surrounding  blue  "fog"  represents  the  mobile 
sea  of  electrons  that  binds  the  atoms  together 

SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  11.1  Substances  that  arc- 

gases  or  liquids  at  room  temperature  are  usually  com- 
posed of  molecules.  In  gases  the  intermolecular  attractive 

forces  are  negligible  compared  to  the  kinetic  energies  ol 
the  molecules;  thus,  the  molecules  are  widely  separated 
and  undergo  constant,  chaotic  motion.  In  liquids  the 

intermolecular  forces  are  strong  enough  to  keep  the  mol- 
ecules in  close  proximity;  nevertheless,  the  molecules  are 

free  to  move  with  respect  to  one  another.  In  solids  the  in- 
terparticle  attractive  forces  are  strong  enough  to  restrain 

molecular  motion  and  to  force  the  particles  to  occupj 

specific  locations  in  a  three-dimensional  arrangement. 

Section  11.2  Three  types  of  intermolecular  forces  exist 

between  neutral  molecules:  dipole-dipole  forces,  Lon- 
don dispersion  forces,  and  hydrogen  bonding.  Ion- 

dipole  forces  are  important  in  solutions  in  which  ionic 
compounds  are  dissolved  in  polar  solvents.  I  ondon  dis 

persion  forces  operate  between  all  molecules,  ["he  rela- 
tive strengths  of  the  dipole-dipole  and  dispersion  foi 

depend  on  the  polarity,  polarizability,  si/e,  and  s 

the  molecule.  Dipole-dipole  forces  increase  in  s 
with  increasing  polarity.  Dispersion  forces  incr 
strength  with  increasing  molecular  weight 
molecular  shape  is  also  an  important  factoi 
bonding  occurs  in  compounds  containing 

and    F  —  H    bonds.    Hydrogen  bonds 
stronger  than  dipole-dipole  or  dispersion 

Section  11.3    The  stronger  the 

the  greater  is  the  viscosity,  or  resi  a  liq- 
uid.  The  surface  tension  ol  a  liquid  eases  as 
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intermolecular  forces  increase  in  strength.  Surface  ten- 
sion is  a  measure  of  the  tendency  of  a  liquid  to  maintain  a 

minimum  surface  area.  The  adhesion  of  a  liquid  to  the 

walls  of  a  narrow  tube  and  the  cohesion  of  the  liquid  ac- 
count for  capillary  action  and  the  formation  of  a  menis- 

cus at  the  surface  of  a  liquid. 

Section  11.4  A  substance  may  exist  in  more  than  one 

state  of  matter,  or  phase.  Phase  changes  are  transforma- 
tions from  one  phase  to  another.  Changes  of  a  solid  to  liq- 

uid (melting),  solid  to  gas  (sublimation),  and  liquid  to  gas 
(vaporization)  are  all  endothermic  processes.  Thus,  the 
heat  of  fusion  (melting),  the  heat  of  sublimation,  and  the 

heat  of  vaporization  are  all  positive  quantities.  The  re- 
verse processes  are  exothermic.  A  gas  cannot  be  liquefied 

by  application  of  pressure  if  the  temperature  is  above  its 
critical  temperature.  The  pressure  required  to  liquefy  a  gas 
at  its  critical  temperature  is  called  the  critical  pressure. 

Section  11.5  The  vapor  pressure  of  a  liquid  indicates 

the  tendency  of  the  liquid  to  evaporate.  The  vapor  pres- 
sure is  the  partial  pressure  of  the  vapor  when  it  is  in 

dynamic  equilibrium  with  the  liquid.  At  equilibrium  the 
rate  of  transfer  of  molecules  from  the  liquid  to  the  vapor 
equals  the  rate  of  transfer  from  the  vapor  to  the  liquid. 

The  higher  the  vapor  pressure  of  a  liquid,  the  more  read- 
ily it  ev  aporates  and  the  more  volatile  it  is.  Vapor  pres- 

sure increases  nonlinearly  with  temperature.  Boiling 

occurs  when  the  vapor  pressure  equals  the  external  pres- 
sure. The  normal  boiling  point  is  the  temperature  at 

which  the  vapor  pressure  equals  1  atm. 

Section  11.6  The  equilibria  between  the  solid,  liquid, 

and  gas  phases  of  a  substance  as  a  function  of  tempera- 
ture and  pressure  are  displayed  on  a  phase  diagram. 

Equilibria  between  any  two  phases  are  indicated  by  a 
line.  The  line  through  the  melting  point  usually  slopes 

VISUALIZING  CONCEPTS 

11.1  Does  the  following  diagram  best  describe  a  crystalline 
solid,  liquid,  or  gas?  Explain.  [Section  1 1 . 1  ] 

slightly  to  the  right  as  pressure  increases,  because  the 
solid  is  usually  more  dense  than  the  liquid.  The  melting 

point  at  1  atm  is  the  normal  melting  point.  I  he  point  on 

the  diagram  at  which  all  three  phases  coexist  in  equilibri- 
um i s  called  the  triple  point. 

Section  11.7  In  a  crystalline  solid,  particles  are  arranged 

in  a  regularly  repeating  pattern.  An  amorphous  solid  is  one 

whose  particles  show  no  such  order.  The  essential  structur- 
al features  of  a  crystalline  solid  can  be  represented  by  its 

unit  cell,  the  smallest  part  of  the  crystal  that  can,  by  simple 

displacement,  reproduce  the  three-dimensional  structure. 
The  three-dimensional  structures  of  a  crystal  can  also  be 

represented  bv  its  crystal  lattice.  The  points  in  a  crystal  lat- 
tice represent  positions  in  the  structure  where  there  are 

identical  environments.  The  simplest  unit  cells  are  cubic. 
There  are  three  kinds  of  cubic  unit  cells:  primitive  cubic, 

body-centered  cubic,  and  face-centered  cubic. 
Many  solids  have  a  close-packed  structure  in  which 

spherical  particles  are  arranged  so  as  to  leave  the  mini- 
mal amount  of  empty  space.  Two  closely  related  forms 

of  close  packing,  cubic  close  packing  and  hexagonal 
close  packing,  are  possible.  In  both,  each  sphere  has  a 
coordination  number  of  12. 

Section  11.8  The  properties  of  solids  depend  both  on 

the  arrangements  of  particles  and  on  the  attractive  forces 
between  them.  Molecular  solids,  which  consist  of  atoms 

or  molecules  held  together  by  intermolecular  forces,  are 

soft  and  low  melting.  Covalent-network  solids,  which 

consist  of  atoms  held  together  by  covalent  bonds  that  ex- 
tend throughout  the  solid,  are  hard  and  high  melting. 

Ionic  solids  are  hard  and  brittle  and  have  high  melting 

points.  Metallic  solids,  which  consist  of  metal  cations 

held  together  by  a  sea  of  electrons,  exhibit  a  wide  range 

of  properties. 

11.2  What  kind  of  intermolecular  attractive  force  is  shown  in 
each  of  the  following  cases?  [Section  11.2] 

(a)    H   F  H  F 

(b)    F  F 
F  F 

(d) 



Visualizing  Concept 

11.3  rhe  molecular  models  of  glycerol  and  1-propanol  are 
given  here. 

11.6  1  he  phase  diagram  of a  In  pothetical  sub: 
below. 

(a)  Glycerol (b)  l-propanol 

Do  you  expect  the  viscosity  <>|  glycerol  to  be  larger  or 
smaller  than  tli.it  of  l-propanol?  Explain.  [Section  11.3] 

11.4  Usin^;  the  following  graph,  determine  (a)  the  approxi- 
mate vapor  pressure  of  CS2  at  30  C,  (b)  the  temperature 

at  which  the  vapor  pressure  equals  300  torr,  (c)  the  nor- 
mal boiling  point  of  CS2.  [Section  11.5] 

10  50 

femperature  (  C  ) 

11.5  The  following  molecules  have  the  scime  molecular  for- 
mula (C-iHsO),  vet  they  have  different  normal  boiling 

points,  as  show  n  Rationalize  the  difference  in  boiling 
points.  [Sections  11.2  and  1 1.5] 

O  9 

(a)  Propanol 

972oC 

9 

(b)  Ethvl  methyl  ether 
10.8  C 

11)0  200  300 

I emperature  (M 400 

(a)  I  stimate  the  normal  boiling  point  and  freezing 
point  of  the  substance. 

(b)  What  is  the  physical  state  of  the  substance  under  the 
following  conditions? 
(i)  T  =  150  K,  P     0.2  atm; 

(11)  /      100  K,  I'     0.8  atm; 
(iii)  /'  =  300  K,  /'  =  1.0  atm.  [Section  11.6] 

11.7  Niobinm(ll)  oxide  crystallizes  in  the  following  cubic 
unit  cell. 

9  Oxygen 
Niobium 

(a)  I  low  many  niobium  atoms  and  how  main  oxygon 
atoms  are  within  the  unit  <  ell  ? 

(b)  What  is  the  empirical  formula  ol  niobium  oxide1 
(c)  Is  this  a  molecular,  co v  a lent-netw  ork,  01  ion u  solid1 

[Sections  11.7  and  lis] 
1 1.8  (a)  What  kind  of  pac  king  arrangement  is  seen  in  the  a< 

companying  photo1  (b)  What  is  the  coordination  num- 
ber ol  each  orange  in  the  interior  ol  the  stat  k1  (c)  li  eat  h 

orange  represents  an  argon  atom,  what  categor\  of  solid 
is  represented?  [Sections  1 1 .7  and  1 1 .8] 

1  >9T/  , 

VVV'vVV1  rA  J  -  ■ 

i    l   i    i    A    i    4  i 
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EXERCISES 

Kinetic-Molecular  Theory 

11.9  List  the  three  states  of  matter  in  order  of  (a)  increasing 

molecular  disorder  and  (b)  increasing  intermolecular  at- 
tractions. 

11.10  (a)  How  does  the  average  kinetic  energy  of  molecules 
compare  with  the  average  energy  of  attraction  between 

molecules  in  solids,  liquids,  and  gases?  (b)  Why  does  in- 
creasing the  temperature  cause  a  substance  to  change  in 

succession  from  a  solid  to  a  liquid  to  a  gas?  (c)  Why  does 
compressing  a  gas  at  constant  temperature  cause  it  to 
liquefy? 

11.11  (a)  Why  are  gases  more  compressible  than  liquids? 
(b)  Why  are  the  liquid  and  solid  forms  of  a  substance  re- 

ferred to  as  condensed  phases?  (c)  Why  do  liquids  have  a 

greater  ability  to  flow  than  solids? 
11.12  Benzoic  acid,  QHsCOOH,  melts  at  122°C.  The  density  in 

the  liquid  state  at  1 30°C  is  1 .08  g/cm3.  The  density  of  solid 
benzoic  acid  at  15°C  is  1.266  g/cm3.  (a)  In  which  of  these 
two  states  is  the  average  distance  between  molecules  the 
greater?  (b)  Explain  the  difference  in  densities  at  the  two 
temperatures  in  terms  of  the  kinetic-molecular  theory. 

Intermolecular  Forces 

11.13  Which  tvpe  of  intermolecular  attractive  force  operates 
between  (a)  all  molecules,  (b)  polar  molecules,  (c)  the 

hydrogen  atom  of  a  polar  bond  and  a  nearby  small  elec- 
tronegative atom? 

11.14  What  type(s)  of  intermolecular  force  is  (are)  common  to 
(a)  Xeand  methanol  (CH3OH),  (b)  CFLOH  and  acetoni- 
trile  (CH3CN),  (c)  NIL,  and  HF? 

11.15  Describe  the  intermolecular  forces  that  must  be  oxer- 
come  to  conv  ert  each  of  the  following  from  a  liquid  to  a 
gas:  (a)  Br2,  (b)  CfCOH,  (c)  LLS. 

11.16  What  type  of  intermolecular  force  accounts  tor  the  fol- 

lowing differences  in  each  case!1  (a)  CH3OH  boils  at 
h5  C,  CH-SH  boils  at  6°C.  (b)  \e  is  liquid  at  atmospheric 
pressure  and  120  K,  whereas  Ar  is  a  gas.  (c)  Kr,  atom- 

ic weight  84,  boils  at  120.9  K,  whereas  CL,  molecular 
weight  about  71,  boils  at  23S  K.  (d)  Acetone  boils  at  56  C, 

whereas  2-methylpropane  boils  at  -  12  C 

O  CH3 

CLL—  C— CLL,  CFL— CH— CLL, 

Acetone  2-Methylpropane 

11.17  (a)  What  is  meant  by  the  term  polarizability?  (b)  Which 

of  the  following  atoms  would  you  expect  to  be  most  po- 
larizable:  O,  S,  Se,  or  Te?  Explain,  (c)  Put  the  following 
molecules  in  order  of  increasing  polarizability:  GeCl_|, 
(  Hi,  SiCl4,  SiH4/  and  GeBr4.  (d)  Predict  the  order  of 
boiling  points  of  the  substances  in  part  (c). 

11.18  (a)  Why  does  the  strength  of  dispersion  forces  increase 
with  increasing  polarizability?  (b)  Account  for  the 

steady  increase  in  boiling  point  of  the  noble-gas  ele- 
ments  with   increasing  atomic  weight  (Table  11.3). 

(c)  What  general  rule  of  thumb  applies  to  the  relation- 
ship between  dispersion  forces  and  molecular  weight? 

(d)  Comment  on  whether  the  following  statement  is  cor- 

rect: "All  other  factors  being  the  same,  dispersion  forces 
between  molecules  increase  with  the  number  of  elec- 

trons in  the  molecules." 
Il  l1)  Which  membei  ihe  following  pairs  has  the  larger 

London  dispersi<  orces:  (a)  I  LO  or  I  LS,  (b)  C02  or 
(  O,  (c)  CH4  or  SiH 

11.20  Which  member  of  the  following  pairs  has  the  stronger 
intermolecular  dispersion  forces:  (a)  Br;  or  Cs, 
(b)  CH3CH2SH  or  CFLCLLCFLSH,  (c)  CH3CH2CH2Cl 
or  (CLL)2CHCl? 

11.21  Butane  and  2-methylpropane,  whose  space-filling  mod- 
els are  shown,  are  both  nonpolar  and  have  the  same 

molecular  formula,  vet  butane  has  the  higher  boiling 

point  (-0.5  C  compared  to  -11.7°C).  Explain. 

(a)  Butane  (b)  2-Methylpropane 

11.22  Propyl  alcohol  (CLLCLLCLLOH)  and  isopropyl  alcohol 

[(CH^CHOH],  whose  space-filling  models  are  shown, 
have  boiling  points  of  97.2°C  and  82.5°C,  respectively. 
Explain  why  the  boiling  point  of  propyl  alcohol  is  high- 

er, even  though  both  have  the  molecular  formula  of 

C3HsO. 

(a)  Propyl  alcohol  (b)  Isopropyl  alcohol 

11.23  (a)  What  molecular  features  must  a  molecule  have  to 

participate  in  hydrogen  bonding  with  other  molecules 
of  the  same  kind?  (b)  Which  of  the  following  molecules 
can  form  hydrogen  bonds  with  other  molecules  of  the 
same  kind:  CH3F,  CH3NH2,  ChLOH,  CH3Br? 

11.24  Ethylene  glycol  (HOCH2CH2OH),  the  major  substance 

in  antifreeze,  has  a  normal  boiling  point  of  198°C.  By 
comparison,  ethyl  alcohol  (CH:,CH2OH)  boils  at  78;C  at 
atmospheric  pressure.  Ethylene  glycol  dimethyl  ether 
(CH3OCH2CH2OCH3)  has  a  normal  boiling  point  of 



S3  C  ,  and  ethyl  metln  I  other  (CMC  I  UK  1 1  0  has  a  nor- 
mal boiling  point  oi  II  C.  (a)  I  xplain  why  replacement 

of  a  hydrogen  on  the  oxygen  In  C  1 1  ;  generally  results  in 
a  lower  boiling  point,  (b)  What  are  the  major  factors  re- 

sponsible for  the  difference  in  boiling  points  of  the  two 
ethers? 

11.25  Rationalize  the  difference  in  boiling  points  between  the 
members  of  the  following  pairs  of  substances: 

(a)  1 II  (20  C  )  and  HC1  (  85°(  I,  (b)  CHCh  (61°C)  and 
CHBr3(150  C ),  (c)  Br2  (59  C)  and  l(  I  (97  C  ). 

11.26  Identify  the  types  of  intermolecular  lories  present  in 
each  oi  the  following  substances,  anil  selec  t  the  sub- 

stance in  each  pair  that  has  the  higher  boiling  point: 
(a)  C6HM  or  C  8H18,  (b)  (  .1 1,  or  C  1 1  ,OC  1 1  ...  (c)  I  lOOl  I 
or  I  !SSI  I,  (d)  \H:\I k  or  C  M  C  H 

11.27  1  low  are  the  following  obser\  ations  related  ti 
t\  of  water  to  form  hydrogen  bonds?  (a)  Ice  is  less  dt  i 
than  liquid  w  ater,  (b)  Water  has  a  high  specilit. 
meaning  it  requires  a  large  amount  of  heat  to  produce 
temperature  increase  ol  I  k 

11.28  I  he  follow  ing  quote  about  ammonia  (NH  •>) 

textbook  ol  inorganic  chemistry:  "If  is  estimated  th. 
26%  of  the  hydrogen  bonding  in  NH-;  breaks  down  on 
melting,  7",,  on  w  arming  from  the  melting  to  the  boiling 
point,  and  the  final  67%  on  transfer  to  the  gas  phase  at 

the  boiling  point."  I  rom  the  standpoint  ot  the  kinetii 
molecular  theory,  explain  (a)  w  In  there  is  a  dec  rease  ol 

hydrogen-bonding  energy  on  melting  and  (b)  w  in  most 
of  the  loss  in  hydrogen  blinding  occurs  in  the  transition 
from  the  liquid  to  the  vapor  state. 

Viscosity  and  Surface  Tension 

11.29  (a)  Whv  do  surface  tension  and  \  isi  osity  dei  rease  with 
increasing  temperature?  (b)  Win  do  substances  w  ith 

high  surface  tensions  also  tend  to  have  high  vis<  osities1 
11.30  (a)  Distinguish  between  adhesive  forces  and  cohesive 

forces,  (b)  What  adhesive  ami  w  hat  cohesive  forces  are 

involved  w  hen  a  paper  towel  absorbs  water?  (c)  Explain 
the  cause  tor  the  U-shaped  meniscus  formed  when 
water  is  in  a  glass  tube. 

11.31  Explain  the  following  observations:  (a)  1  he  surface  ten- 
sion of  CHBr3  is  greater  than  that  ol  C  I IC  I ...  (b)  As  tem- 

perature increases,  oil  flows  faster  through  a  narrow 
tube,  (c)  Raindrops  that  collect  on  a  waxed  automobile 
hood  lake  on  a  nearly  spherical  shape. 

11.32  Hydrazine  (NH2NH2),  hydrogen  peroxide  (HOOH), 
and  water  (I  MO)  all  have  exceptionall)  high  surface 

tensions  in  comparison  w  ith  other  substances  of  compa- 
rable molecular  weights  (a)  I 'raw  the  I  ewis  structures 

lor  these  three  compounds,  (b)  W  hat  structural  proper- 
ty do  these  substanc  es  have  in  common,  and  how  might 

that  account  for  the  high  surface  tensions1 

Changes  of  State 

11.33  Name  the  phase  transition  in  each  ol  the  follow  mg  situ- 
ations, and  indicate  whether  it  is  exothermic  or  en- 

dothermic:  (a)  When  water  is  cooled,  it  turns  to  ice. 

(b)  Wet  clothes  dry  on  a  warm  summer  day.  (c)  I  rost  ap- 
pears on  a  window  on  a  cold  winter  day. 

11.34  Name  the  phase  transition  in  each  ol  the  follow  mg  situ- 
ations, and  indicate  whether  it  is  exothermic  or  en- 

dothermic:  (a)  Bromine  vapor  turns  to  bromine  liquid  as 
it  is  cooled,  (b)  Crystals  of  iodine  disappear  from  an 

evaporating  dish  as  they  stand  in  a  fume  hood,  (c)  Rub- 
bing alcohol  in  an  open  container  slowly  disappears, 

(d)  Molten  lava  from  a  volcano  turns  into  solid  rock. 

11.35  Explain  why  the  heat  of  fusion  of  any  substance  is  gen- 
erally lower  than  its  heat  of  \  aporization. 

11.36  Ethyl  chloride  (C2H5C1)  boils  at  12  C.  When  liquid 

C2H5CI  under  pressure  is  sprayed  on  a  room  tempera- 
ture surface  in  air,  the  surface  is  cooled  considerably. 

(a)  What  does  this  observation  tell  us  about  the  enthalpj 
content  of  C2H5C%)  as  compared  with  C2HsCI(/)? 
(b)  In  terms  of  the  kinetic-molecular  theor\,  w  hat  is  the 
origin  of  this  difference? 

11.37  For  many  years  drinking  water  has  been  cooled  in  hot 
climates  by  evaporating  it  from  the  surfaces  of  canvas 
bags  or  porous  clay  pots.  How  mam  grams  ol  water  can 

be  cooled  from  35  C  to  22 °C  by  the  evaporation  oi  50  g 
of  water?  (The  heat  of  vaporization  ol  w  ater  in  this  tem- 

perature range  is  2.4  kj/g.  The  specific  heat  ol  water  is 

4.18I/g-K.)  ' 

11.38  C  ompounds  like  CCI2F2  are  know  n  as  chlorofluorocar- 
bons,  or  CTCs.  these  compounds  were  once  widelv 

used  as  refrigerants  but  are  now  being  replaced  b\  1  com- 
pounds that  are  believed  to  be  less  harmful  to  the  env  i- 

ronment.  I  he  heal  ol  vaporization  ol  C  C  IT;  is  289  ]  g. 
What  mass  ol  this  substance  must  ev  aporate  in  order  to 

freeze  100  g  of  water  initiallv  at  IS  C_ "!  (  I  he  heat  of  fu- 
sion ol  water  is  334  J/g;  the  specific  heat  ol  water  is 

4.18  I  g-K.) 

11.39  Ethanol  (C2H5OH)  melts  at     II4(  and  boils  at  78  ( 
I  he  enthalpy  ol  fusion  of  ethanol  is  5.02  M  mol,  and  its 
enthalpy  ol  v  aporization  is  3S.S(1  k|  mol.  I  he  specific 
he, its  o|  solid  and  liquid  ethanol  are  0  m7  |  g  k  and 

2.3  J/g-K,  respectively.  How  much  heat  is  required  to 
convert  75.0  g  of  ethanol  at  120  (  to  the  v  apor  phase 

at  78°C? 
11.40  I  he  fluoroi  arbon  compound  C  ;C13I  1  has  a  norm, 

ing  point  of  47.6  C.  rhe  specific  heats  of  (  .(II  (7)  and 

C'2Cb,f:,(x)  are  0.91  |  g-K  and  0.67 J  g-K.  respec 
I  he    heal    of    vaporization    for    the  compou 
27.4L>  k I  mol    Calculate  the  heat  required  I 
2^.0  g  of  C2CI3F3  from  a  liquid  at  5.00  ( S2.00  C 

1 1.41  (a)  What  is  the  significanc  e  ol  the  cri'.i 
substanc  c?  (b)  What  happens  (oil 
of  a  series  of  compounds  ,is  the  Ion  e 
tween  molecules  increases?  (c)  H  1  substances 
listed  in  Fable  11.5 can  be  liquefied  ratureol 

liquid  nitrogen  (    1 C  1  ' 
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11.42  The  critical  temperatures  (K)  and  pressures  (atm)  ol  a 
series  of  halogenated  methanes  are  as  follows: 

Compound 
CC1,F CCFF, 

CC1F, 

CF4 

Critical  Temperature 471 385 302 227 
Critical  Pressure 43.5 40.6 38.2 

37.0 

Vapor  Pressure  and  Boiling  Point 

11.43  Explain  how  each  of  the  following  affects  the  vapor  pres- 
sure of  a  liquid:  (a)  volume  of  the  liquid,  (b)  surface  area, 

(c)  intermolecular  attractive  forces,  (d)  temperature. 
11.44  A  liquid  that  has  an  equilibrium  vapor  pressure  of 

130  torr  at  25  C  is  placed  into  a  1-L  vessel  like  that 
shown  in  Figure  11.22.  What  is  the  pressure  differ- 

ence shown  on  the  manometer,  and  what  is  the  compo- 
sition of  the  gas  in  the  vessel,  under  each  of  the 

following  conditions:  (a)  Two  hundred  mL  of  the  liquid 
is  introduced  into  the  vessel  and  frozen  at  the  bottom. 

The  vessel  is  evacuated  and  sealed,  and  the  liquid  is  al- 
lowed to  warm  to  25  C.  (b)  Two  hundred  milliliters  of 

the  liquid  is  added  to  the  vessel  at  25°C  under  atmos- 
pheric pressure,  and  after  a  few  minutes  the  vessel  is 

closed  off.  (c)  A  few  mL  of  the  liquid  is  introduced  into 
the  vessel  at  25  C  while  it  has  a  pressure  of  1  atm  of  air 
in  it,  without  allowing  any  of  the  air  to  escape.  After  a 
few  minutes  a  few  drops  of  liquid  remain  in  the  vessel. 

11.45  (a)  Place  the  following  substances  in  order  of  increasing 
volatility:  CH4,  CBr4,  CH2C12,  CH3C1,  CHBr3,  and 
CFLBri.  Explain,  (b)  How  do  the  boiling  points  vary 
through  this  series? 

11.46  PCI3  and  AsCF,  are  similar  substances,  with  similar 
geometries  and  bonding  modes,  (a)  Which  of  these  two 
substances  would  you  expect  to  be  the  more  volatile  at 

loom  temperature?  (b)  Which  substance  would  you  ex- 
pect to  have  the  higher  boiling  point?  (c)  In  which  sub- 

stance would  the  kinetic  energies  of  the  molecules  be 

greater  at  40  C,  a  temperature  well  below  either  sub- 

stance's boiling  point?  (d)  In  which  substance  would 
you  expect  the  intermolecular  forces  to  be  larger? 

11.47  (a)  Two  pans  of  water  are  on  different  burners  of  a  stove. 
One  pan  of  water  is  boiling  vigorously,  while  the  other 

Phase  Diagrams 

11.51  (a)  What  is  the  significance  of  the  critical  point  in  a 
phase  diagram?  (b)  Why  does  the  line  that  separates  the 
gas  and  liquid  phases  end  at  the  critical  point? 

11.52  (a)  What  is  the  significance  of  the  triple  point  in  a  phase 
diagram?  (b)  Could  you  measure  the  triple  point  ol 
water  b\  measuring  the  temperature  in  a  vessel  in 
which  water  \  apor,  liquid  water,  and  ice  are  in  equilibri- 

um under  one  atmosphere  of  air?  Explain. 

11.53  Refer  to  Figu  1127(a),  and  describe  all  the  phase 

changes  that  wo  '  occur  in  each  of  the  following  cases: 
(a)  Water    vapor     >riginally    at    1.0  x  10    atm  and 

0. 10 "C  is  slowly  1.    npressed  at  constant  temperature 
until  the  final  pressui       10  atm.  (b)  Water  originally  at 

(a)  What  in  general  can  you  say  about  the  variation  in 
intermolecular  forces  in  this  series?  (b)  What  specific 
kinds  of  intermolecular  forces  are  most  likely  to  account 
tor  most  ot  the  variation  in  critical  parameters  in  this 

series7 

is  boiling  gently.  What  can  be  said  about  the  tempera- 
ture ol  the  water  in  the  two  pans?  (b)  A  large  container 

of  water  and  a  small  one  are  at  the  same  temperature. 
Wh.it  can  be  said  about  the  relative  vapor  pressures  of 
the  water  in  the  two  containers? 

11.48  Explain  the  following  observations:  (a)  Water  evapo- 
rates more  quickly  on  a  hot,  dry  day  than  on  a  hot, 

humid  day  (b)  It  takes  longer  to  cook  hard-boiled  eggs 
at  high  altitudes  than  at  lower  altitudes. 

11.49  (a)  Use  the  vapor-pressure  curve  in  Figure  11.24  to  esti- 
mate the  boiling  point  of  diethyl  ether  at  400  torr. 

(b)  Use  the  vapor-pressure  curve  in  Figure  11.24  to  esti- 
mate the  external  pressure  under  which  ethyl  alco- 

hol will  boil  at70°C. 
(c)  Using  the  vapor-pressure  table  in  Appendix  B,  deter- 

mine the  boiling  point  of  water  when  the  external 

pressure  is  25  torr. 
(d)  Suppose  the  pressure  inside  a  pressure  cooker  reach- 

es 1.2  atm.  By  using  the  vapor-pressure  table  in 
Appendix  B,  estimate  the  temperature  at  which 
water  will  boil  in  this  cooker. 

11.50  Reno,  Nevada,  is  about  4500  ft  above  sea  level. 
(a)  If  the  barometric  pressure  is  680  mm  Hg  in  Reno,  at 

what  temperature  will  water  boil?  Refer  to 

Appendix  B. (b)  What  can  you  say  about  the  average  kinetic  energies 
of  the  water  molecules  at  the  boiling  point  in  Reno 
as  compared  with  those  at  the  boiling  point  in 
Chicago,  where  the  barometric  pressure  is  752  mm 
Hg?  If  you  believe  the  av  erage  kinetic  energies  are 
different,  explain  how  it  is  that  boiling  of  water  can 
occur  at  two  different  average  kinetic  energies  of  the 
water  molecules. 

100.0  C  and  0.50  atm  is  cooled  at  constant  pressure  until 

the  temperature  is  -10°C 11.54  Refer  to  Figure  11.27(b),  and  describe  the  phase  changes 
(and  the  temperatures  at  which  they  occur)  when  COt  is 

heated  from  -80°C  to  -20°C  at  (a)  a  constant  pressure 
of  3  atm,  (b)  a  constant  pressure  of  6  atm. 

11.55  The  normal  melting  and  boiling  points  of  xenon  are 

-  1 12 "C  and  -  107  C,  respectively.  Its  triple  point  is  at 
-121  C  and  282  torr,  and  its  critical  point  is  at  16.6°C 
and  57.6  atm.  (a)  Sketch  the  phase  diagram  for  Xe, 
showing  the  four  points  given  and  indicating  the  area  in 
which  each  phase  is  stable,  (b)  Which  is  denser,  Xe(s)  or 

Xe(/)?  Explain,  (c)  If  Xe  gas  is  cooled  under  an  external 
pressure  of  100  torr,  w  ill  it  undergo  condensation  or  de- 

position? Explain. 



11.56  T  luMiorma  I  melting  and  boiling  points  of  Ot  are  218  C 

and  183°C,  respectively.  Its  triple  point  is  at  219  C  and 
1.14  torr,  and  its  critical  point  is  at  I  b'  c  and  49.8  atm. 
(a)  Sketch  the  phase  diagram  for  ()-,  showing  the  four 

points  given  and  indicating  the  area  in  which 
phase  is  stable,  (b)  Will  02(s)  float  on  0:(/)?  I  \plan 
(c)  As  it  is  heated,  w  ill  solid  02  sublime  or  melt  unde 

pressure  ol  I  aim 1 

Structures  of  Solids 

11.57  How  does  an  amorphous  solid  differ  from  a  crystalline 
one?  Give  an  example  o(  an  amorphous  solid. 

11.58  Amorphous  silica  has  a  density  of  about  2.2  g  cm  ', 
whereas  the  density  of  crystalline  quartz  is  2.<i5  g  em  '. Account  tor  this  difference  in  densities. 

11.59  Perovskite,  a  mineral  composed  ol  La,  ( ),  and  1 1,  has  the 
cubic  unit  cell  show  n  in  the  drawing.  What  is  the  chem- 

ical formula  of  this  mineral? 

(  a  lei  um 

P  ( )xygen I  itaninm 

11.60  Rutile  is  a  mineral  composed  of  Ti  and  ( ).  Its  unil  cell, 
shown  in  the  drawing,  contains  fi  atoms  at  each  corner 
and  a  Ti  atom  at  the  center  of  the  cell,  lour  c  *  atoms  are 

on  the  opposite  faces  of  the  cell,  and  two  are  entirely 
within  the  cell,  (a)  What  is  the  chemical  formula  ol  this 

mineral1  (b)  What  is  the  nature  ol  the  bonding  that 
holds  the  solid  together? 

^  Oxygen 
lit. 

11.61  Iridium  crystallizes  in  a  face-centered  cubic  unit  cell  that 
has  an  edge  length  of  3.833  A.  The  atom  in  the  c  enter  ol 
the  face  is  in  contact  with  the  corner  atoms,  as  shown  in  (he 

drawing,  (a)  Calculate  the  atomic  radius  of  an  iridium 
atom,  (b)  Calculate  the  density  of  iridium  metal. 

11.62  .Aluminum  metal  crystallizes  m  a  cubit  close-packed 
structure    (lace-centered    cubk    cell,    figure  11.34). 
(a)  I  low  man)   aluminum  atoms  are  in  a  unit  cell? 
(b)  What  is  the  coordination  number  of  each  aluminum 

atom?  (c)  Assume  that  the  aluminum  atoms  can  be  rep- 
resentee'! as  spheres,  as  shown  in  the  drawing  lor  Exer- 

cise 1 1  .hi .  II  each  Al  atom  has  a  radius  of  1 .43  A,  what  is 

the  length  of  a  side  ol  the  unit  cell1  (d)  Calculate  the 
density  of  aluminum  metal. 

11.63  An  element  crystallizes  in  a  body-centered  cubic  lattice. 
The  edge  ol  the  unit  cell  is  2.<S(i  A,  and  the  density  ol 
the  crystal  is  7M2  g  cm  .  Calculate  the  atomic  weight  of  the 
element. 

11.64  KL  \  has  the  same  structure  as  NaCl.  I  he  length  ot  the 

unit  cell  is  628  pm.  I  he  densit\  ot  KCI  is  1.984  g  cm', 
and  its  formula  mass  is  74.55  amu.  Using  this  informa- 

tion, calculate  Avogadro's  number. 
11.65  What  is  the  coordination  number  ol  each  sphere  in  (a)  a 

three-dimensional,  close-packed  array  ol  equal-sized 

spheres;  (b)  a  primitive  cubic  structure;  (c)  a  bod\  -cen- 
tered cubk  lattice7 

11.66  What  is  the  coordination  number  ol  (a)  \a  in  the 
NaCl  structure,  figure  11.35;  (b)  /n  in  the  ZnS  unit 

cell,  f  igure  11.42(b);  (c)  Ca:  in  the  CaF2  unit  cell. 
Figure  11.42(c)? 

11.67  Clausthalite  is  a  mineral  composed  of  lead  selenide 

(I'bSe).  rhe  mineral  adopts  a  NaCl-type  structure.  1  he 
density  ol  I'bSe  at  25  c  is  8.27 g  cm3.  Calculate  the 
length  ol  an  edge  ol  the  I'bSe  unit  cell. 

11.68  Nickel  oxide  (NiO)  crystallizes  in  the  NaC  I  t\  pe  ol  crys- 
tal structure  (Figure  1 1 .35).  rhe  length  of  the  unit  cell  ol 

NiO  is  4.  IS  A.  C  alculate  the  density  ol  Ni( ). 

11.69  The  mineral  uraninite  (U02)  adopts  a  fluorite  structure 
[Figure  11.42(c)]  in  which  the  length  ol  an  edge  ol  the 
unit  cell  is  5.4(kS  A.  (a)  Will  the  uranium  ions  be  repre- 

sented   by    the    larger    or    the    smaller  spheres 

Figure  11.42(c)1  Explain,  (b)  Calculate  the  densit\  < uraninite. 

A  particular  form  ol  cinnabar  (MgS)  adopts  the  /ii 
blende  structure,  figure  11.42(b).  rhe  length  ol 
cell  side-  is  5.852  A.  (a)  Calculate  the  density 

this  form,  (b)  I  he  mineral  tiemmanite  (1  Ig1- 
a  solid  phase  with  the  zinc  blende  strut  tin 
of  the  unit  cell  side  in  this  mineral  i- 
counts  lor  the  larger  unil  tell  length 
(c)  Which  of  the  two  substances  has  I! 

I  low  do  you  account  lor  the  differem  • 

1.70 
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Bonding  in  Solids 

11.71  What  kinds  of  attractive  forces  exist  between  particles  in 
(a)  molecular  crystals,  (b)  covalent-network  crystals, 
(c)  ionic  crystals,  (d)  metallic  crystals? 

11.72  Indicate  the  type  of  crystal  (molecular,  metallic, 

coyalent-network,  or  ionic)  each  of  the  following  would 
form  upon  solidification:  (a)  CaCOw  (b)  Pt,  (c)  Zr02 

(melting  point,  2677°C),  (d)  Kr,  (e)  benzene,  (f)  I2. 

11.73  Covalent  bonding  occurs  in  both  molecular  and  covalent- 
network  solids.  Why  do  these  two  kinds  of  solids  differ  so 

greatly  in  their  hardness  and  melting  points? 

11.74  Which  type  (or  types)  of  crystalline  solid  is  character- 
ized by  each  of  the  following:  (a)  high  mobility  of  elec- 
trons throughout  the  solid;  (b)  softness,  relatively  low 

melting  point;  (c)  high  melting  point  and  poor  electrical 
conductivity;  (d)  network  of  covalent  bonds; 

(e)  charged  particles  throughout  the  solid. 

11.75  A  white  substance  melts  with  some  decomposition  at 

730 "C.  As  a  solid,  it  is  a  nonconductor  of  electricity,  but 
it  dissolves  in  water  to  form  a  conducting  solution. 
Which  type  of  solid  (Table  1 1 .7)  might  the  substance  be? 

11.76  You  are  given  a  white  substance  that  sublimes  at 

3000'  C;  the  solid  is  a  nonconductor  of  electricity  and  is 
insoluble  m  water.  Which  type  of  solid  (Table  11.7) 
might  this  substance  be? 

11.77  For  each  of  the  following  pairs  of  substances,  predict 
which  will  have  the  higher  melting  point  and  indicate 
why:  (a)  Ar,  Xe;  (b)  Si02,  C02:  (c)  KBr,  Br2:  (d)  QC  I, ,, 

Q,H(s. 11.78  For  each  of  the  following  pairs  of  substances,  predict 
which  will  have  the  higher  melting  point,  and  indicate 
why:  (a)HF  HC1;  (b)  C  (graphite),  CH4:  (c)  KBr,  Br2: 
(d)  LiF,  MgF2. 

Additional  Exercises 

11.79  As  the  intermolecular  attractive  forces  between  mole- 
cules increase  in  magnitude,  do  vou  expect  each  of  the 

following    to    increase   or   decrease    in  magnitude? 
(a)  vapor  pressure,  (b)  heat  of  vaporization,  (c)  boiling 
point,  (d)  freezing  point,  (e)  viscosity,  (f)  surface  ten- 

sion, (g)  critical  temperature. 
11.80  Suppose  you  have  two  colorless  molecular  liquids,  one 

boiling  at  -84"C,  the  other  at  34°C,  and  both  at  atmos- 
pheric pressure.  Which  of  the  following  statements  is 

correct?  For  those  that  are  not  correct,  modify  the  state- 
ment so  that  it  is  correct,  (a)  The  higher-boiling  liquid 

has  greater  total  intermolecular  forces  than  the  other. 
(b)  The  lower  boiling  liquid  must  consist  of  nonpolar 
molecules,  (c)  The  lower-boiling  liquid  has  a  lower  mol- 

ecular weight  than  the  higher-boiling  liquid,  (d)  The 
two  liquids  have  identical  vapor  pressures  at  their  nor- 

mal boiling  points,  (e)  At  34°C  both  liquids  have  vapor 
pressures  of  760  mm  Hg. 

11.81  Two  isomers  of  the  planar  compound  1,2-dichloro- 
ethylene  are  shown  here,  along  with  their  melting  and 
boiling  points. 

II  11  CI  H 
\         /  \  / 
c=c  c=c 

/     \        /  \ 
CI  CI  H  CI 

cis  isomer trans  isomer 

Melting  point  (°C)  -80.5  -49.8 
Boiling  point  (°C)  60.3  47.5 

(a)  Which  of  the  two  isomers  will  have  the  stronger 

dipole-dipole  forces?  Is  this  prediction  borne  out  by  the 
d.ita  presented  here7  (b)  Based  on  the  data  presented 
here,  which  isomer  packs  more  efficiently  in  the  solid 

phase? 
.82  In  dichloromethane,  CH2C12  (n  =  1.60  D),  the  disper- 

sion force  conti  ution  to  the  intermolecular  attractive 

tones  is  about  5  I    it's  larger  than  the  dipole-dipole  con- 

tribution. Would  you  expect  the  relative  importance  of 
the  two  kinds  of  intermolecular  attractive  forces  to  dif- 

fer (a)  in  dibromomethane  (/x  =  1.43  D),  (b)  in  difluo- 
romethane  (/x  =  1.93  D)?  Explain. 

11.83  When  an  atom  or  group  of  atoms  is  substituted  for  an  H 

atom  in  benzene  (ChHf,),  the  boiling  point  changes.  Ex- 
plain the  order  of  the  following  boiling  points:  ChHh 

(80°C),  C6H5C1  (132°C),  ChHd3r  (156°C),  C6HsOH 

(182°C). 
11.84  Trimethvlamine  [(CH^hN]  boils  at  3°C;  propylamine 

(CH^CH2CH2NH2)  boils  at  49°C  (a)  What  accounts  for 
the  difference  in  boiling  points?  (b)  Propylamine  is  en- 

tirely miscible  with  water;  trimethvlamine  has  reason- 
ably high  solubility  in  water.  What  accounts  for  these 

data,  considering  that  isobutane  [(CPF^CH]  is  consid- 
erably less  soluble  than  trimethvlamine? 

11.85  Ethylene  glycol  [CH2(OH)CH2(OH)]  is  the  major  com- 
ponent of  antifreeze.  It  is  a  slightly  viscous  liquid,  not 

very  volatile  at  room  temperature,  with  a  boiling  point 

of  198°C.  Pentane  (CsH]2),  which  has  about  the  same 
molecular  weight,  is  a  nonviscous  liquid  that  is  highly 
volatile  at  room  temperature  and  whose  boiling  point  is 

36T°C.  Explain  the  differences  in  the  physical  properties 
of  the  two  substances. 

111.86]  Using  the  following  list  of  normal  boiling  points  for  a 
series  of  hydrocarbons,  estimate  the  normal  boiling 

point  for  octane,  CsHllS:  propane  (CjHg,  -42.1°C),  bu- 

tane (C4H10,  -0.5°C),  pentane  (C5H12,  36.T"C),  hexane 
(C(1H|4,  68.7  C),  heptane  (C7H16/  98.4°C).  Explain  the trend  in  the  boiling  points. 

111.87]  Notice  in  Figure  11.21  that  there  is  a  pressure-reduction 
valve  in  the  line  just  before  the  supercritical  C02  and 
dissolved  caffeine  enter  the  separator.  Use  Figure  11.20 
to  explain  the  function  of  this  valve  in  the  overall 

process. 
11.88  (a)  When  you  exercise  vigorously,  you  sweat.  How  does 

this  help  your  body  cool?  (b)  A  flask  of  water  is  connected 
to  a  vacuum  pump.  A  few  moments  after  the  pump  is 
turned  on,  the  water  begins  to  boil.  After  a  few  minutes,  the 
water  begins  to  freeze.  Explain  why  these  processes  occur. 



|1I.89|  rhe  following  table  gives  the  vapor  pressure  of  hexa- 
fluorobenzene  (Cf,F(1)  as  a  function  of  temperature: 

Temperature  (K) Vapor  Pressure  (torr) 

280.0 32.42 

300.0 92.47 

320.0 22s.  1 
330.0 334.4 
340.0 482.9 

(a)  By  plotting  these  data  in  a  suitable  fashion,  deter- 
mine whether  the  Clausius-Clapeyron  equation  is 

obeyed.  It  it  is  obeyed,  use  your  plot  to  determine  A/  /v  (ip 
tor  C,,lh.  (b)  Use  these  data  to  determine  the  boiling 
[ii  lint  oi  the  compound. 

|11.90|  Suppose  the  vapor  pressure  of  a  substance  is  measured 
at  two  different  temperatures,  (a)  By  using  the  Clausius- 
Clapeyron  equation,  Equation  111,  deri\  e  the  following 
relationship  between  the  vapor  pressures,  and  P2, 
and  the  absolute  temperatures  at  \\  h u  h  they  w  ere  mea- 

sured, T|  and  72: 

.    P,  AHvap  (  1        1  \ 

P:  =  "  ~T\T\~T2) 

(b)  The  melting  point  of  potassium  is  63.2°C.  Molten 
potassium  has  a  vapor  pressure  of  10.00  torr  at  441  C 
and  a  vapor  pressure  of  400.0  torr  a t  70S  C.  Use  these 
data  and  the  equation  in  part  (a)  to  calculate  the  heat  ot 

vaporization  of  liquid  potassium,  (c)  B\  using  the  equa- 
tion in  part  (a)  and  the  data  given  in  part  (b),  calculate 

the  boiling  point  of  potassium,  (d)  Calculate  the  vapor 
pressure  of  liquid  potassium  at  100  C. 

111.91 1  The  following  data  present  the  temperatures  .it  which 

certain  vapor  pressures  are  achieved  for  dichloro- 
methane  (CFUCU)  and  methyl  iodide  (CM  J): 

Vapor  Pressure 
(torr): 10.0 40.0        100.0  400.0 

TforCH2Cl2  (°C): 

-43.3 

-22.3      -6.3  24.1 

rforCH3l  (°C): 

-45.8 

-24.2      -7.0  23.3 

(a)  W  hu  h  ot  I  he  twosuhstam.es  is  ex  pet  ted  to  ha\  e  the 

greater  dipole-dipole  forces1  Which  is  expec  ted  to  have 
the  greater  London  dispersion  forces1  Based  on  your  an- 

swers, explain  why  it  is  difficult  to  predict  which  torn- 
pound  would  be  more  volatile,  (b)  Which  compound 

would  you  expect  to  have  the  higher  boiling  point1 

Integrative  Exercises 

11.98  Spinel  is  a  mineral  that  contains  37.9",,  M,  17.1",,  Mg, 
and  45.0%  O,  by  mass,  and  has  a  density  ol  3.57  g,  cm  '. 
The  unit  cell  is  cubic,  with  an  edge  length  ol  809  pm. 
How  many  atoms  of  each  type  are  in  the  unit  cell? 

11.99  (a)  At  the  molecular  level,  what  factor  is  responsible  for 
the  steady  increase  in  viscosity  with  increasing  molecular 
weight  in  the  hydrocarbon  series  shown  in  Table  11.4? 
(b)  Although  the  viscosity  varies  over  a  factor  ol  more 
than  two  in  the  series  from  hexane  to  nonane,  the  surface 

tension  at  25°C  increases  by  only  about  20",,  in  the  same 

Check  your  answer  in  a  reference  book  such  as  tin 
Handbook  of  Chemistry  and  Pin/sic*,  (c)  The  ordei 
volatility  ol  these  two  substances  changes  as  the  t 
perature  is  increased.  W  hat  quantity  must  be  differ* 
tor  the  two  substances  in  order  for  this  phenomenon  t 
occur?  (d)  Substantiate  your  answ  er  for  part  (c) 
drawing  an  appropriate  graph. 

11.92  1  he  elements  xenon  and  gold  both  have  solid-state 
structures  with  face-centered  cubic  unit  cells  vet  \e 
melts  at  112  C  and  gold  melts  at  1064  C.  Account  for 
these  greatly  different  melting  points 

11.93  Cold  crystallizes  in  a  face-centered  cubic  unit  cell  that 
has  an  edge  length  ot  4.07S  A.  The  atom  in  the  center  ot 
the  face  is  in  contact  with  the  coi  ner  atoms,  as  shown  in 

the  drawing  for  Exercise  11.61.  (a)  Calculate  the  appar- 
ent radius  ol  a  gold  atom  in  this  structure,  (b)  Calculate 

the  density  of  gold  metal. 
11.94  (a)  Consider  the  cubic  unit  cells  (Figure  11.33)  with  an 

atom  located  at  each  lattice  point  Calculate  the  net 
number  of  atoms  in  (i)  a  primitive  cubic  unit  cell,  (ii)  a 

body-centered  cubic  unit  cell,  (iii)  a  face-centered  cubic 

unit  cell,  (b)  Why  can't  CaCl2  have  the  same  crystal structure  as  NaCI? 

11.95  In  a  typical  X-ray  crystallography  experiment,  \  rays  ot 
wavelength  A  =  0.71  A  are  generated  by  bombarding 
molybdenum  metal  with  an  energetic  beam  ot  electrons. 

Why  are  these  X  rays  more  effectively  diffracted  b\  crys- 
tals than  is  \  isible  light? 

11.96  In  their  study  of  X-ray  diffraction,  William  and  I  awrence 
Bragg  determined  that  the  relationship  among  the 
wavelength  ol  the  radiation  (A),  the  angle  .it  which 
the  radiation  is  diffracted  {<>),  and  the  distance  between 
the  layers  ol  atoms  in  the  crystal  that  cause  the  diffrac- 

tion d/)  is  given  by  //A  =  2d  sin  o.  X  rays  from  a  copper 
X-ray  tube  (A  =  1.54  A)  are  diffracted  at  an  angle  ol 
14.22  degrees  by  crystalline  silicon.  Using  the  Bragg 

equation,  calculate  the  interplanar  spacing  in  the  crys- 
tal, assuming  //      I  (first-order  diffraction). 

111.971  (a)  I  he  density  ot  diamond  [Figure  11.41(a)]  is 

3.5g/cnv,  and  that  of  graphite  | figure  11.41(h)]  is 
2.3g/cm\  Based  on  the  structure  ot  buckminster- 
fullerene  (Figure  1 1 .43),  what  would  you  expec  t  its  den- 

sity to  he  relative  to  these  other  tonus  ol  carbon? 
(b)  X-ray  diffraction  studies  ol  buckminsterfullerene 
show  that  it  has  ,i  face-centered  i  ubic  lattice  of  (  ,  mol- 

ecules. I  he  length  ot  a  side  ot  the  unit  i  ell  is  14.2  A.  Cal- 
c  ulate  the  density  ol  buckminsterfullerene. 

series.  I  low  do  you  account  tor  this.'  (c)  n-<  Ictyl  < 
CH3C  H2CH2CH2CI  l2(  I  U  I  l2C  H2OI  I,  has 
of  1.01  ■   10  "kg  m  's  ',  much  higher  I 
which  has  about  the  same  molecular  wei 

Counts  lor  this  difference1  I  low  dor 
to  the  difference  in  normal  boiling  po 
substances? 

11.100  Acetone,  (CI  I  ()2C( ),  is  w  u 
vent,  (a)  I  )raw  the  I  ew  is  structure 

cule,  and  predict  the  geometn  carbon 
atom,  (b)  Is  the  acetone  molec  nonpolar? 
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(c)  What  kinds  of  intermolecular  attractive  forces 

exist  between  acetone  molecules?  (d)  1-Propanol, 
CH3CH2CH2OH,  has  a  molecular  weight  that  is  very 
similar  to  that  of  acetone,  vet  acetone  boils  at  56.5°C  and 

1-propanol  boils  at  97.2°C.  Explain  the  difference. 
11.101  The  table  shown  here  lists  the  molar  heats  of  vapori/a- 

tion  for  several  organic  compounds.  Use  specific  exam- 
ples from  this  list  to  illustrate  how  the  heat  of 

v  aporization  varies  with  (a)  molar  mass,  (b)  molecular 

shape,  (c)  molecular  polarity,  (d)  hydrogen-bonding  in- 
teractions. Explain  these  comparisons  in  terms  of  the  na- 

ture of  the  intermolecular  forces  at  work.  (You  may  find 
it  helpful  to  draw  out  the  structural  formula  for  each 
compound.) 

Heat  of 

Compound Vaporization  (kj/mol) 

CH,CH2CH3 19.0 

CH3CH2CH2CH2CH3 27.b 
CH3CHBrCH3 31.8 

CH3COCH3 32.0 

CH3CH2CH2Br 33.6 
CH,CH2CH2OH 47.3 

11.102  Liquid  butane,  C4H  m,  is  stored  in  cylinders,  to  be  used  as  a 

fuel.  The  normal  boiling  point  of  butane  is  listed  as  -0.5°C. 
(a)  Suppose  the  tank  is  standing  in  the  sun  and  reaches  a 
temperature  of  46  C.  Would  you  expect  the  pressure  in  the 
tank  to  be  greater  or  less  than  atmospheric  pressure?  How 
does  the  pressure  within  the  tank  depend  on  how  much 
liquid  butane  is  in  it?  (b)  Suppose  the  valve  to  the  tank  is 
opened  and  a  tew  liters  of  butane  are  allowed  to  escape 

rapidly.  What  do  you  expect  would  happen  to  the  temper- 
ature of  the  remaining  liquid  butane  in  the  tank?  Explain, 

(c)  blow  much  heat  must  be  added  to  vaporize  155  g  of  bu- 
tane if  its  heat  of  vaporization  is  21.3  kj/mol?  What  vol- 

ume does  this  much  butane  occupy  at  755  torr  and  35°C? 
|11.103|  Using  information  in  Appendices  B  and  C,  calculate  the 

minimum  number  of  grams  of  C^H^(g)  that  must  be 
combusted  to  provide  the  energy  necessary  to  convert 

2.50  kg  of  H20  from  its  solid  form  at  -14.0°C  to  its  liq- 
uid form  at  60.0°C. 

11.104  In  a  certain  type  of  nuclear  reactor,  liquid  sodium  metal 
is  employed  as  a  circulating  coolant  in  a  closed  system, 
protected  from  contact  with  air  or  water.  Much  like  the 
coolant  that  circulates  in  an  automobile  engine,  the  liq- 

uid sodium  carries  heat  from  the  hot  reactor  core  to  heat 

exchangers,  (a)  What  properties  of  the  liquid  sodium  are 
ot  special  importance  in  this  application?  (b)  The  viscos- 

ity of  liquid  sodium  v  aries  with  temperature  as  follows: 

Temperature  (°  C) 
Viscosity  (kg  m  's  ') 100 

7.05  x  10  4 
200 

4.50  x  10  4 

31 )( ) 

3.45  x  10  4 
600 

2.10  x  10  4 What  forces  within  the  liquid  sodium  are  likely  to  be  the 
major  contributors  to  the  viscosity?  Why  does  viscosity 
decrease  with  increasing  temperature? 

11.105  The  vapor  pressure  of  a  volatile  liquid  can  be  deter- 
mined by  slowly  bubbling  a  known  volume  of  gas 

through  it  at  a  known  temperature  and  pressure.  In  an 
experiment,  5.00  L  of  N2  gas  is  passed  through  7.2146  g 

of  liquid  benzene,  ChHh,  at  26.0°C.  The  liquid  remaining 
after  the  experiment  weighs  5.1493  g.  Assuming  that  the 
gas  becomes  saturated  with  benzene  vapor  and  that  the 
total  gas  volume  and  temperature  remain  constant, 
what  is  the  vapor  pressure  of  the  benzene  in  torr? 

11.106  The  relative  humidity  of  air  equals  the  ratio  of  the  par- 
tial pressure  of  water  in  the  air  to  the  equilibrium  vapor 

pressure  of  water  at  the  same  temperature.  If  the  relative 

humidity  of  the  air  is  45"..  and  its  temperature  is  23°C, 
how  many  molecules  of  water  are  present  in  a  room 
measuring  14  X  9.0  x  8.6  m? 

[11.1071  Use  a  reference  source  such  as  the  CRC  Handbook  of 

Chemistry  and  Physics  to  compare  the  melting  and  boil- 
ing points  of  the  following  pairs  of  inorganic  sub- 

stances: (a)  W  and  WF6<  (b)  SG2  and  SF4,  (c)  Si02  and 
SiCLj.  Account  for  the  major  differences  observed  in 
terms  of  likely  structures  and  bonding. 

e  M  EDIA  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  ( )neKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CI ).  Access  to  these  resources  comes  in  your  MediaPak. 

11.108  The  Changes  of  State  animation  ( 1 1.4)  shows  the  heating 
curve  of  a  substance  that  melts  and  then  vaporizes, 
(a)  Using  the  information  in  Figure  11.27(b),  sketch  the 
heating  curve  of  carbon  dioxide  at  atmospheric  pressure, 
starting  .11     100  C  and  ending  at  30  C.  (b)  Sketch  the 
same  heating  1  urve  as  it  would  appear  at  a  pressure  of 
10  atm.  (c)  Under  what  conditions  would  the  heating 
1  urve  ot  water  resemble  the  one  you  sketched  lor  part  (a)? 

11.109  Using  the  Equilibrium  Vapor  Pressure  activity  (22.5), 

compare  the  vapor  pressures  of  methanol,  ethanol, 
acetic  acid,  water,  and  benzene,  (a)  Which  compound 
appears  to  have  the  strongest  intermolecular  forces  at 
100°C?  (b)  If  one  compound  has  a  higher  equilibrium 
vapor  pressure  than  another  at  a  particular  temperature, 
will  it  necessarily  have  a  higher  equilibrium  vapor  pres- 

sure at  all  temperatures?  If  not,  give  an  example  of  two 

compounds  whose  vapor-pressure  curves  cross  and  at 
what  temperature  they  have  roughly  the  same  vapor 

pressure. 



eLaboraton  Exen  ises 

11.110  K tha nol  and  acetii  acid  have  ver)  similar  molai  masses, 
and  both  exhibit  hydrogen  bonding.  In  which  ol  these 
two  compounds  is  hydrogen  bonding  a  more  significant 

component  ol  the  overall  intermuscular  tones1  Sup- 
port your  answer  using  data  from  the  Equilibrium 

Vapor  Pressure  activity  (11.5). 
11.111  Water  is  a  substance  with  some  \  er\  unusual  properties. 

Based  on  the  structure  ol  the  Ice  3-D  Model  (11.2),  ex- 
plain (a)  why  ice  is  less  dense  than  water  and  (b)  why 

increasing  pressure,  within  a  certain  temperature  range, 

causes  ice  to  melt,  (c)  Why  i-  it  not  possible  to  con 
ice  to  liquid  water  by  applying  pressure  at  ver\ 

temperatures 1 11.112  C  ompare  the  structure  of  the  Ice  3-D  Model  I  - 
the  structure  ot  the  Diamond  >-D  Model  (11.$ 
rotate  the  structures  |ust  right,  you  will  see  distinct  sim- 

ilarities, namely  sp~  hybridization  (ot  oxygen  and  cai 
bon,  respectively)  and  the  hexagonal  arrangement  ol 
atoms.  Given  this  similarity,  explain  why  ice  can  be 

melted  by  applying  pressure  w  hereas  diamond  cannot. 

eLABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  and  skills 
for  this  chapter  in  the  simulated  laboratory  ol  Virtual  (  heml  ah. 
Worksheets  for  each  ol  these  exer<  ises  are  found  in  the  Virtual 

ChemLab  Workbook  in  your  MediaPak. 

11.113  <VCL  11-1)  Heat  of  Fusion  of  Water 
The  molar  heat  ot  fusion  for  a  substam  e,  A  /  /,,,., ,  is  the  heat 
required  to  transform  one  mole  ot  the  substance  from  the 
solid  phase  into  the  liquid  phase.  In  this  assignment  you 
will  use  a  simple  coffee-cup  calorimeter  and  a  thermome- 

ter to  measure  the  molar  heat  ot  fusion  for  water. 

11.114  (VCL  11-2)  Heat  of  Vaporization  of  Water 
A  graph  of  the  vapor  pressure  of  a  liquid  as  a  turn,  tion  ol 
temperature  has  a  characteristic  shape  that  can  be  repre- 

sented fairly  accurate!)  with  the  Cliiw*iii*-Cliipei/wn 
equation.  In  this  assignment  you  will  measure  the  \  apor 
pressure  ot  water  at  several  temperatures  and  use  this 
data  to  estimate  the  heat  ol  \  aporization  of  water  using 
the  Clnusius  Clapeywn  equation. 

11.115  (VCL  11-3)  The  Boiling  Point  of  Water  at  High  Altitude 
I  he  relationship  between  the  equilibrium  vapor  pres- 

sure ot  a  liquid  or  solid  and  temperature  is  given  In  the 
Clausius-Clapeyron  equation.  In  this  assignment  you  will 
measure  the  vapor  pressure  ol  water  at  a  given  temper- 

ature and  use  this  data  and  the  ClnitsiliS—Chipci/ron  equa- 
tion to  calculate  the  boiling  point  of  water  on  the  top  ol 

Mt.  Denali  in  Alaska. 
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WHAT'S  AHEAD 

•  We  will  characterize  materials 

according  to  their  ability  to  conduct 
electricity — metals,  which  are  very 
conductive;  semiconductors,  which 
are  not  very  conductive;  insulators, 
which  are  not  at  all  conductive;  and 
superconductors,  which  are  perfectly 
conductive  under  certain  conditions. 

(Section  I2.li 

•  The  structural  properties  of 
materials  ultimately  depend 
on  the  bonding  and 
intermolecular  forces  within 
them.  Materials  that  are  used 

for  structural  purposes  can  be 
either  soft  or  hard.  We  will 

learn  about  polymers  and 
plastics  as  examples  of  soft 
materials  and  about 
ceramics  and  metals  as 

examples  of  hard  materials. 
(Section  12.2) 

•  Materials  used  in 

biomedical  applications  must 
meet  special  requirements  to 
be  compatible  with  living 

organisms.  We  will  see 
several  examples  of 
biomaterials  and  how 

they  work  in  such 
applications  as  heart  valves,  artificial 
tissues,  and  sutures.  I  Section  12.3) 

•  A  major  use  of  semiconductors  is  in 

electronics,  in  the  form  of  "silicon 
chips."  We  will  learn  why  silicon  is 
the  choice  for  many  electronic 

applications  and  gain  some 
understanding  of  how  these  dev  ices 
are  made.  (Section  12.4) 

•  Some  materials  are  valuable  for  their 

optical  properties — they  either 
interact  with  light  in  a  unique  way 

or  produce  light  when  exposed  to 
external  stimulation.  We  will  learn 
about  the  materials  that  underlie 

LCDs  (liquid  crystal  displays)  and 
LHDs  (li$lit-ciiiiltin£  diodes),  two 
common  types  of  display 

technologies.  (Section  12.5) 

Nanotechnology  is  an  emerging  field 
that  crosses  the  boundaries  between 
chemistry,  physics,  biology, 

engineering,  and  medicine.  We  will 
learn  that  the  properties  of  materials 
on  the  1-100-nm  length  scale  are 
different  from  bulk  properties. 
(Section  12.6) 

VP 
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Modern  Materials 

THE  MODERN  WORLD  IS  FULL  OF  "STUFF" — materials  that  are 

used   to  make  computers,  compact  discs,  cell 

phones,  contact  lenses,  skis,  furniture,  and  a  host 

of  other  things.  Chemists  have  contributed  to  the 

discovery  and  development  of  new  materials 

>y  inventing  entirely  new  substances  and  by  developing  the  means 

lor  processing  naturally  occurring  materials  to  form  fibers,  films, 

coatings,  adhesives,  and  substances  with  special  electrical,  mag- 

netic, or  optical  properties.  In  this  chapter  we  will  discuss  classes 

of  materials,  their  properties,  and  their  applications  in  modern 

society.  ( )ur  aim  is  to  show  how  we  can  understand  the  phys- 
ical or  chemical  properties  of  materials  by  applying  the 

principle's  discussed  in  earlier  chapters. 
This  chapter  demonstrates  tin-  important  point  that 

the  observable,  macroscoph  properties  of  materials  are  the  re- 
sult ofatomii  and  mold  ular-level  strm  hires  and  processes. 

HERE,  THERE  AND  EVERYWHERE.  The  element  silicon  is  the  primary  component  of  computer 

processor  chips  and  commercial  solar  panels. 
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4SS Chapter  12 Modern  Materials 

12.1  I  Classes  of  Materials 

When  we  say  "material/'  we  generally  mean  a  substance  or  mixture  of  sub- 
stances that  is  held  together  by  strong  chemical  bonds  throughout  the  whole 

sample — in  other  words,  covalent-network  solids,  ionic  solids,  and  metallic 
solids.  In  addition  to  these  three  types  of  materials,  we 

learned  in  Chapter  1 1  about  molecular  solids,  materials  held  together  not  by 

strong  chemical  bonds  but  by  weaker  London  dispersion  forces,  dipole-dipole 
interactions,  and  hydrogen  bonds.  Two  common  types  of  soft  materials,  poly- 

mers and  liquid  crystals,  are  molecular  solids  in  which  the  intermolecular 
forces  give  rise  to  unusual  properties  that  we  will  inv  estigate  in  this  chapter. 

Metals  and  Semiconductors 

We  can  classify  materials  in  a  number  of  ways,  but  one  way  is  based  on  the 
bonding  in  the  material.  Recall  that  atomic  orbitals  can  combine  in  a  molecule  to 
make  molecular  orbitals  that  extend  ox  er  the  whole  molecule. 

A  given  molecular  orbital  can  contain  zero,  one,  or  two  electrons,  depending  on 
how  many  electrons  the  molecule  has.  The  number  of  molecular  orbitals  in  a 
molecule  is  the  same  number  as  the  number  of  atomic  orbitals  used  to  make  the 
molecular  orbitals. 

In  the  case  of  many,  many  atoms  the  atomic  orbitals  combine  to  give  many, 
many  molecular  orbitals.  In  the  bulk  solids  we  are  considering,  there  are 
so  many  molecular  orbitals  that  the  energy  separation  between  them  becomes 
vanishinglv  small  and  continuous  bands  of  energy  states  are  formed 
(Figure  12.1  ▼).  Different  atomic  orbitals  make  bands  with  different  energies,  so 
the  band  structure  of  a  solid  consists  of  a  set  of  bands  separated  by  energy  gaps. 

Based  on  their  band  structure,  we  can  classify  materials  as  metals,  semi- 
conductors, or  insulators  (Figure  12.2  T;  Table  12.1  ►).  Metals  are  very  electri- 

cally conductive,  shiny,  ductile,  and  malleable.  Most  of  the  elements  in  the 
periodic  table  are  metals,  including  familiar  ones  such  as  gold,  silver,  copper, 

platinum,  and  iron  (see  Figure  2.16).  Metals  have  a  band  struc- 
ture in  which  the  valence  electrons  are  in  a  partially  filled  band.  In  order  to  con- 
duct electricity,  the  electrons  need  to  be  in  empty  orbitals;  for  metals,  then,  there 

is  almost  no  energy  cost  for  electrons  to  jump  from  the  lower,  occupied  part  of 

many 

CB 

VB 

CB 

\  B 

Number  of  interacting  atoms Metal Semiconductor Insulator 

▲  Figure  12.1    Discrete  energy  levels  in  molecules 
become  continuous  bands  in  solids.  Schematic  illustration 
showing  how  the  spacing  between  energy  levels  in  a  molecule 
decreases  as  the  number  of  atoms  in  the  molecule  increases.  In 
molecules  containing  very  large  numbers  of  atoms,  there  is 
essentially  no  separation  between  energy  levels,  and  the  molecule 
is  characterized  as  having  a  continuous  band  of  energy  levels. 
Bands  can  be  either  totally  filled,  empty,  or  partially  filled  with 
electrons,  depending  on  the  material.  Only  one  band  is  shown,  but 
in  a  material  there  are  other  bands  that  arise  from  different  atomic 
and  molecular  orbitals 

▲  Figure  12.2  Energy  bands  in  metals,  semiconductors, 
and  insulators.  Metals  are  characterized  by  the  highest-energy 
electrons  occupying  a  partially  filled  band.  Semiconductors  and 
insulators  have  an  energy  gap  that  separates  the  totally  filled 
band  (shaded  in  blue)  and  the  empty  band  (unshaded),  known 
as  the  band  gap  and  represented  by  the  symbol  Eg.  The  filled 
band  is  called  the  valence  band  (VB),  and  the  empty  band  is 
called  the  conduction  band  (CB).  Semiconductors  have  a  smaller 
band  gap  than  insulators. 



12.1  Classes  of  Materials 

[  TABLE  12.1 
Electronic  Properties  of  Common  Materials3 

Band  Gap Band  Cap Conductivity, 

\  1  . 1  1  t   1  1  .1  1 lype I-  »^  o m  v   L'l  /  1 1 1 1 1 1 l^lieigv,  K|/IllOl 
Energy,  eV 

ohm    cm  ' C  (diamond) Insulator 
530 

5.5 

C  (graphite) 
Si 

Semiconductor 
Semiconduc  tor 

i> 

III) 

I, 

1  1 

Ge Semiconductor 

(l5 

0.67 
0.02 

GaP Semiconduc  tor 
220 

2.2 5 
( laAs Semiconductor 

138 
1 .43 

500 

GaP,  As,  , Semiconductor  (these  are  a Varies  betw  een  220 Varies  between  2.2 Varies 

series  of  solid  solutions  for  \ and  1  38,  depending and  1 .4,  depending 

varying  between  0  and  1 ) on  i  omposition on  (.omposition 
CdS Scmicondik  tor 

230 
2.4 

-0.05 

CdSe Semiconduc  tor 

Kill 
1.7 

0.05 
CdTe Semiconductor 

140 
1  44 

0.001 

Al Metal 

3.8  •  10' 

A1203 Insulator 
530 

-5.5 

10 

Si62 Insulator 

581 1 

•(-> 

i  ,  >  Is 

10  1 

Ti02 Semiconductor 290 

3.0 10 
Fe Metal 

1.0  ■  III' 

Cu Metal 

5.9  ■  I0? 

Ag Metal 

6.3  •  [05 

Au Metal 

4.5  ■  105 
1  Band  gap  energies  and  conductivities  are  room  temperature  values  I  lei  iron  volts  feV)  are  <i  commonly  used  energy  unit  in  the  scmi<  onductor  industry; 
1.602  x  10  19  1  =  1  eV 
Graphite  does  not  have  a  band  gap  along  the  sheets,  but  it  does  have  other  (  hara<  teristk  s  ol  semiconductors  (for  example,  its  conductivity  in  the  hulk  has  a  value  like 

other  semiconductors). 

the  partially  filled  band  to  the  upper,  empty  part  ol  the  same  band,  l  or  this  rea- 
son, metals  are  very  electrically  conductive. 
Semiconductors,  especially  silicon,  are  the  heart  ol  the  integrated  circuits  that 

form  the  basis  for  computers  and  other  electronic  devices.  These  materials  arc- 
characterized  by  an  energy  gap,  known  as  the  band  gap,  between  a  filled  valence 
band  and  an  empty  conduction  band.  The  situation  is  analogous  to  the  energy 

gap  in  a  molecule  between  the  highest-occupied  molecular  orbital  and  the 
lowest-unoccupied  molecular  orbital.  Semi- 

conductors are  measurably  conductive,  but  tar  less  so  than  metals  because  of  the 

presence  of  the  band  gap,  which  lowers  the  probability  that  an  electron  at  any 
given  temperature  will  have  enough  energy  to  jump  the  gap.  I  he  only  elements 
that  are  semiconductors  at  room  temperature  are  silicon,  germanium,  and  carbon 

in  its  graphite  form.* 
Inorganic  compounds  that  are  semiconductors  tend  to  have  chemical  formu- 

las that  are  related  to  silicon's  and  germanium's  valence  electron  count  of  lour.  For 
example,  gallium,  Ga,  is  in  column  3A  of  the  periodic  table;  arsenic,  As,  is  in  col- 

umn 5A.  GaAs,  gallium  arsenide,  has  three  valence  elections  to  contribute  to  the 
bonding  from  Ga  and  five  from  As,  which  average  out  to  tour,  the  same  number  as 

in  silicon  or  germanium.  GaAs  is  indeed  a  semiconductor,  like  silicon  and  germa- 
nium. Similarly,  InP  is  a  semiconductor  whose-  valence  electron  count  averages  out 

to  four,  in  which  the  indium  provides  three  valence  electrons  and  phosphorus 
contributes  five.  In  cadmium  sulfide,  GdS,  cadmium  contributes  two  valence  elec- 

trons and  sulfur  contributes  six,  which  also  averages  otit  to  tour;  and  therefore 

CdS  is  a  semiconductor.  GdSe  and  CdTe  follow  Ibis  same  trend:  They  have  an  av- 
erage valence  electron  count  of  four,  and  they  are  semiconductors.  The  bonding  in 

semiconductors  is  covalent-network,  ionic,  or  a  combination  ol  the  two. 

*  Graphite  is  unusual.  Actually,  within  the  las  ers  graphite  is  nearly  metallic ,  but  it  is  ,i  semiconduc  - 
tor  between  the  layers. 
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9 GIVE  IT  SOME  THOUGHT 

Do  you  think  GaN  is  a  semiconductor? 

C  [1 

VB 

c  i; 

VB 

i  i; 

\  B 

Intrinsic       n-Type  p-Type 

▲  Figure  12.3  The  addition  of  controlled 
small  amounts  of  impurities  (doping)  to  a 
semiconductor  changes  the  electronic  makeup 
of  the  material.  Left:  A  pure,  intrinsic 
semiconductor  has  a  filled  valence  band  and  an 
empty  conduction  band  (ideally).  Middle:  The 
addition  of  a  dopant  atom  that  has  more  valence 
electrons  than  the  host  atom  adds  electrons  to  the 
conduction  band.  An  example  of  this  is  phosphorus 
doped  into  silicon.  The  resulting  material  is  an 
n-type  semiconductor.  Right:  The  addition  of  a 
dopant  atom  that  has  fewer  valence  electrons  than 
the  host  atom  leads  to  fewer  electrons  in  the 
valence  band  (or,  more  holes  in  the  valence  band). 
An  example  of  this  is  aluminum  doped  into  silicon. 
The  resulting  material  is  a  p-type  semiconductor. 

ACTIVITY 
Band  Structure 

The  degree  to  which  semiconductors  conduct  electricity  is  influenced  by 

the  presence  of  small  amounts  of  impurity  atoms — generally  at  the  parts-per- 
million  level.  The  process  of  adding  controlled  amounts  of  impurity  atoms  to  a 

material  is  known  as  doping.  Consider  what  happens  when  phosphorus  re- 
places a  few  Si  atoms  in  a  silicon  crystal.  Phosphorus  has  five  valence  elec- 

trons, and  silicon  has  only  four;  therefore,  the  extra  electrons  that  come  with 

the  phosphorus  atoms  are  forced  to  occupy  the  conduction  band,  since  the  va- 
lence band  is  already  totally  filled  (Figure  12.3  ̂ ,  middle).  The  resulting  mate- 

rial is  called  an  n-ti/pc  semiconductor,  "n"  signifying  that  the  number  of 
negatively  charged  electrons  in  the  conduction  band  has  increased.  These 
extra  electrons  can  move  very  easily  in  the  conduction  band.  Thus,  just  a  few 

parts  per  million  (ppm)  of  phosphorus  in  silicon  can  increase  silicon's  intrinsic 
conductivity  by  a  factor  of  a  million. 

It  is  also  possible  to  dope  semiconductors  with  atoms  that  have  fewer  va- 
lence electrons  than  the  host  material.  Consider  what  happens  when  alu- 

minum, in  group  3A,  replaces  a  few  silicon  atoms  in  a  silicon  crystal.  Al  has 

only  three  valence  electrons  compared  to  silicon's  four.  Thus,  there  are  electron 
vacancies,  known  as  holes,  in  the  valence  band  when  silicon  is  doped  with  alu- 

minum. Since  the  negatively  charged  electron  is  not  there,  the  hole  can  be 
thought  of  as  having  a  positive  charge.  When  an  adjacent  electron  jumps  into 
the  hole,  the  electron  leaves  behind  a  new  hole.  Thus,  the  positive  hole  moves 

about  in  the  lattice  like  a  particle  itself.  This  is  analogous  to  watching  people- 
changing  seats  in  a  classroom;  you  can  watch  the  people  (electrons)  move  about 

the  seats  (atoms),  or  you  can  watch  the  empty  seats  (holes)  "move."  Thus,  holes 
can  conduct  too,  and  a  material  that  is  like  this  is  called  a  p-type  semiconductor, 

"p"  signifying  that  the  number  of  positive  holes  in  the  material  has  increased. 
Like  n-type  conductivity,  only  parts-per-million  levels  of  a  p-type  dopant  can 
lead  to  a  millionfold  increase  in  the  conductivitv  of  the  semiconductor — but  in 
this  case,  the  holes  in  the  valence  band  are  doing  the  conduction  (Figure  12.3, 

right).  The  junction  of  an  n-type  semiconductor  with  a  p-type  semiconductor 
forms  the  basis  for  diodes,  transistors,  and  other  devices. 

■i  SAMPLE  EXERCISE  12.1  |  Identifying  Types  of  Semiconductors 

Which  of  the  following  elements,  if  doped  into  silicon,  would  yield  an  n-type  semi- 
conductor? Ga;  As;  C. 

Solution 

Analyze:  An  n-type  semiconductor  means  that  the  dopant  atoms  must  have  more 
valence  electrons  than  the  host  material.  Silicon  is  the  host  material  in  this  case. 
Plan:  We  must  look  at  the  periodic  table  and  determine  how  many  valence  electrons 
are  in  Si,  Ga,  As,  and  C  by  what  column  they  are  in.  The  elements  with  more  valence 
electrons  than  silicon  are  the  ones  that  will  produce  an  n-type  material  upon  doping. 
Solve:  Si  is  in  column  4A,  and  so  has  four  valence  electrons.  Ga  is  in  column  3A,  and 
so  has  three  valence  electrons.  As  is  in  column  5A,  and  so  has  five  valence  electrons; 

C  is  in  column  4A,  and  so  has  four  valence  electrons.  Therefore,  As,  if  doped  into  sil- 
icon, would  yield  an  n-type  semiconductor. 

■I  PRACTICE  EXERCISE 

Suggest  an  element  that  could  be  used  to  dope  silicon  to  yield  a  p-type  material. 
Answer:  Because  Si  is  in  group  4A,  we  need  to  pick  an  element  in  group  3A.  Boron  or 
aluminum  is  a  good  choice — both  are  in  group  3A.  In  the  semiconductor  industry 
boron  and  aluminum  are  commonly  used  dopants  for  silicon. 
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Insulators  and  Ceramics 

Semiconductors  have  band  gap  energies  that  range  from  -30  kj  mol  to 
-300  kj/mol  (Table  12.1).  Insulators  hav  e  a  band  structure  similar  to  that  found 

in  semiconductors,  except  that  in  insulators  the  band  gap  is  larger — more  than 

~350kJ/mol  (Table  12.1  and  Figure  12.2).  Because  the  energy  required  to  pro- 
mote an  electron  from  the  valence  band  to  the  conduction  band  is  about  the 

same  as  the  energy  required  to  break  chemical  bonds  in  the  material,  insulators 
are  not  electrically  conductive.  Many  ionic  solids  and  complex  network  solids 
and  most  organic  compounds  are  insulators;  elements  that  are  solid  insulators 
include  carbon  in  its  diamond  form  and  sulfur. 

Ceramics  are  inorganic  ionic  solids  that  are  normally  hard  and  brittle  and 

are  stable  at  high  temperatures.  They  are  generally  electrical  insulators.  Ceram- 
ic materials  include  such  familiar  objects  as  pottery,  china,  cement,  roof  tiles, 

and  spark-plug  insulators. 
Ceramic  materials  (Table  12.2  ▼)  come  in  a  variety  of  chemical  forms,  in- 

cluding oxides  (oxygen  and  metals),  carbides  (carbon  and  metals),  nitrides  (nitro- 
gen and  metals),  silicates  (silica,  SiOo,  mixed  with  metal  oxides),  and  illuminates 

(alumina,  AUOt,,  mixed  with  metal  oxides). 

Ceramics  are  highly  resistant  to  heat,  corrosion,  and  wear;  do  not  readily 

deform  under  stress;  and  are  less  dense  than  the  metals  used  for  high- 

temperature  applications.  Some  ceramics  used  in  aircraft,  missiles,  and  space- 
craft weigh  only  40%  as  much  as  the  metal  components  they  replace.  In  spite  of 

these  many  advantages,  the  use  of  ceramics  as  engineering  materials  has  been 
limited  because  they  are  extremely  brittle.  Whereas  a  metal  component  might 
suffer  a  dent  when  struck,  a  ceramic  part  typically  shatters  because  the  greater 
extent  of  ionic  bonding  in  a  ceramic  prev  ents  the  atoms  from  sliding  over  one 
another. 

TABLE  12.2   Properties  of  Some  Ceramic  and  Nonceramic  Materials 

Material 

Melting 

Point  (°C) 

Density 

(g/cm3) 

Hardness 

(Mohs)'1 

Modulus  of 

Elasticity1' 

Coefficient 
of  Thermal 

Expansion1 
Ceramic  materials 

Alumina,  AbO^ 2050 
3.8 

9 

34 

8.1 

Silicon  carbide,  SiC 2800 
3.2 

9 

65 4.3 

Zirconia,  ZrO^ 2660 
5.6 

8 24 6.6 

Beryllia,  BeO 2550 3.0 9 

41) 

10.4 

Nonceramic  materials 
Mild  steel 1370 

7.9 
5 

17 

15 

Aluminum 660 2.7 3 7 24 

3-D  MODEL 

Silicon  Carbide 

'The  Mohs  scale  is  a  logarithmic  scale  based  on  the  relative  ability  ol  a  material  to  si  ratch  another  softer  material.  Diamond,  the 
hardest  material,  is  assigned  a  value  ol  Id 
A  measure  of  the  stiffness  of  a  material  when  subletted  to  a  load  (MPa  ■   10  )  I  he  larger  the  number,  the  stiller  the  material 

cln  units  of  (K  1  ■  10  h).  The  larger  the  number,  the  greater  the  size  <  hange  upon  heating  or  cooling 

Superconductors 

Even  metals  are  not  infinitely  conductive;  there  is  some  resistance  to  electron 

flow.  However,  in  1  1 1  the  Dutch  physicist  H.  Kamerlingh  Onnes  discovered 
that  when  mercury  is  cooled  below  4.2  K,  it  loses  all  resistance  to  the  flow  ot  an 

electrical  current.  Since  that  discovery,  scientists  have  found  that  many  sub- 

stances exhibit  this  "frictionless"  flow  of  electrons,  known  as  superconductivity. 
Substances  that  exhibit  superconductivity  do  so  only  when  cooled  below  a 
particular  temperature  called  the  superconducting  transition  temperature,  T(  . 
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The  observed  values  of  T,  are  generally  very  low.  Table  12.3  A 
lists  numerous  superconducting  materials,  the  year  of  their 
discovery,  and  their  transition  temperature.  Some  are  notable 
for  their  relatively  high  Tc,  and  others  for  the  mere  fact  that  a 
material  of  that  composition  would  superconduct  at  all.  Most 

scientists  looking  for  superconductivity'  would  examine  met- 
als and  mixtures  of  metals  first,  and  not  ceramics. 

Superconductivity  has  tremendous  economic  potential.  If 

electrical  power  lines  or  the  conductors  in  a  variety  of  electri- 
cal devices  were  capable  of  conducting  current  without  resis- 

tance, enormous  amounts  of  energy  could  be  saved.  The  lack 
of  resistance  to  electron  flow  could   in  theory  lead  to 

superconductor-based  "petaflop"  computers  capable  of  per- 
forming 10    operations  per  second.  In  addition,  supercon- 

ducting materials  exhibit  a  property  called  the  Meissner  effect 

(Figure  12.4  Y),  in  which  they  exclude  all  magnetic  fields  from 

their  volume.  The  Meissner  effect  is  being  explored  for  high- 
speed trains  that  are  magnetically  levitated.  In  November  2003 

a  magnetically  levitated  ("maglev")  train  achieved  a  top  speed  of  311  mph  in 
Shanghai,  China  (Figure  12.5  T).  Because  superconductivity  appears  in  most 
materials  only  at  very  low  temperatures,  applications  of  this  phenomenon  to 

date  have  been  limited.  One  important  use  of  superconductors  is  in  the  wind- 

ings of  the  large  magnets  that  form  the  magnetic  fields  needed  in  magnetic  res- 
onance imaging  (MRI)  instruments,  used  in  medical  imaging  (Figure  12.6  ►). 

The  magnet  windings,  typically  formed  from  Nb^Sn,  must  be  kept  cooled  with 
liquid  helium,  which  boils  at  about  4  K.  The  cost  of  liquid  helium  is  a  significant 
factor  in  the  cost  of  using  an  MRI  instrument. 

Before  1986  the  highest  value  observed  for  Tc  was  about  22  K  for  a  niobium- 
germanium  compound  (Table  12.3).  In  1986,  however,  J.  G.  Bednorz  and  K.  A. 
Miiller,  working  at  the  IBM  research  laboratories  in  Zurich,  Switzerland, 

discovered  superconductivity  above  30  K  in  a  ceramic  oxide  containing  lan- 
thanum, barium,  and  copper.  This  material  represents  the  first  superconduct- 

ing ceramic.  That  discovery,  for  which  Bednorz  and  Miiller  received  the  Nobel 
Prize  in  Physics  in  1987,  set  off  a  flurry  of  research  activity  all  over  the  world. 
Before  the  end  of  1987  scientists  had  verified  the  onset  of  superconductivity  at 

TABLE  12.3  Superconducting  Materials:  Dates 
of  Discovery  and  Transition  Temperatures 

Substance Discovery  Date 
Tt(K) 

Hg 

1911 
4.0 

Nb3Sn L954 18.0 
Srfi03 1 966 

0.3 

Nb3Ge 
1 973 

22  3 BaPb,  vBiv03 1975 13.0 
LaBa2Cu04 

1 986 

35.0 YBa2Cu307 1987 

95.0 

BiSrCaCu20, L988 100.0 
TbBa^CaiCu^Oio 1988 125.0 

HgBa2Ca2Cu308+, 
1993 133.0 

Hgo.8Tlo.2Ba2Ca2Cu  3Og  33 1993 
L38 

Cs3C60 1995 

40 

MgB2 2001 

39 

▲  Figure  12.4   Magnetic  levitation.  A  small  permanent 
magnet  is  levitated  by  its  interaction  with  a  ceramic  superconductor 
that  is  cooled  to  liquid  nitrogen  temperature,  77  K.  The  magnet 
floats  in  space  because  the  superconductor  excludes  magnetic  field 
lines,  a  property  known  as  the  Meissner  effect. 

▲  Figure  12.5   Superconduction  in  action.  High  speed 
superconductive  magnetic  levitation  (maglev)  train.  Shown  is  the 
Mt002  experimental  train  being  tested  in  Japan. 



12.1         Classes  of  Mnteri.il 

-4  Figure  12.6   A  magnetic  resonance 
imaging  (MRI)  machine  used  in  medical 
diagnosis.  The  magnetic  field  needed  for  the 
procedure  is  generated  by  current  flowing  in 
superconducting  wires,  which  must  be  kepi  below 
their  superconducting  transition  temperature,  Tc, 
of  18  K.  This  low  temperature  requires  liquid 
helium  as  a  coolant. 

95  K  in  yttrium-barium-copper  oxide,  YBa^Cu  \0~.  rhe  highest  temperature 
observed  to  date  for  onset  of  zero  resistance  at  1  atm  pressure  is  138  K,  which 

was  achieved  in  another  complex  copper  oxide,  Hgn  ,s  I  In  ̂Ba^C  a  jC  u  >( )8  33. 
The  discovery  of  so-called  high-temper.it  11  re  (hieji  /  )  superconductivity 

is  of  great  significance.  Because  maintaining  extremely  low  temperatures  is 
costly,  many  applications  of  superconductiv  ity  will  become  feasible  only  with 

the  development  of  usable  high-temperature  supercondu<  tors.  I  ,iquid  nitrogen 
is  the  favored  coolant  because  of  its  low  cost  (it  is  cheaper  than  milk),  but  it  can 

cool  objects  to  only  77  K.  The  only  readily  available  safe  coolant  at  tempera- 
tures below  77  K  is  liquid  helium,  which  costs  as  much  as  line-  wine.  I  bus,  prac- 
tical applications  of  superconductors  will  become  commercially  viable  only  if 

Tc  is  well  above  77  K.  Alternatively  mechanical  cooling  devices  might  be  feasi- 
ble in  some  applications. 

What  is  the  mechanism  of  superconductivity1  I  he  answer  to  this  question 
is  still  being  vigorously  debated.  One  of  the  most  widely  studied  ceramic  su- 

perconductors is  YBa^Cu-iOr/  whose  structure  is  shown  in  Figure  12.7  ►.  Ex- 
tensive work  on  modifying  this  and  related  copper  oxide  superconductors  by 

doping  other  atoms  in  various  atomic  positions  indicates  that  the  conductivity 

and  superconductivity  take  place  in  the  copper-oxygen  planes.  At  temperatures 

above  Tt  the  electrical  conductivity  parallel  to  the  copper-oxygen  plain's  is  K)1 
times  greater  than  in  the  perpendicular  direction.  The  Cir  ions  have  an  [Ar]3tf 

electron  configuration  with  a  single  electron  in  the  3i(v-  „:  orbital. 
6.6)  Although  the  mechanism  of  conduction  and  superconduction  is  not  yet 

well  understood,  it  is  believed  to  be  important  that  the  lobes  of  the  W,  '  „-  or- 
bital point  toward  the  neighboring  O  ions 

It  is  still  not  clear  what  makes  any  particular  material  a  superconductor.  Su- 
perconductivity in  metals  and  metal  alloys,  such  as  \b  ,Sn,  is  reasonably  well 

accounted  for  by  BCS  theory,  named  after  its  inventors  John  Bardeen,  Leon 
Cooper,  and  Robert  Schrieffer.  However,  after  years  of  research  there  is  still  no 
satisfactory  theory  of  superconductivity  in  ceramic  materials.  Because  it  seems 
that  superconductiv  ity  might  arise  in  many  different  kinds  ol  materials,  much 
empirical  research  is  devoted  to  discovering  new  classes  of  superconductors. 

As  noted  in  Table  12.3,  it  was  discovered  in  1995  that  w  hen  C6u  (see  "Closer 

Look"  box  on  page  474)  reacts  with  an  alkali  metal,  it  becomes  an  electrically 
conducting  material  and  becomes  superconducting  at  about  40  K.  Even  more 

3-D  MODEL 
YBa2Cu507 

Yttrium 

jjl  Barium 

Copper 

Oxygen 

A  Figure  12.7   Unit  c 

A  few  oxygen  atoms  th  i' are  also  shown  to  ill 

oxygen  atoms  about  ea-  lorn  (he  unit 
cell  is  defined  by  the  bU  t  outline  the 
large  rectangular  box 
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CHEMISTRY  AT  WORK  |  Cell  Phone  Tower  Range 

Cell  phone  towers  increasingly  dot  both  rural  and  urban 
landscapes  (Figure  12. 8  ▼),  yet  it  can  be  difficult  to  main- 
tain contact  with  a  tower  in  the  midst  of  a  telephone  ̂   onversa- 

tion.  A  cell  phone  communicates  with  the  system  by  receiving 

a  signal  from  the  tower's  transmitter  and  transmitting  signals 
back  to  it.  .Although  the  tower's  transmitter  may  be  quite 
powerful,  the  cell  phone  has  very  limited  power  As  the  dis- 

tance from  the  tower  increases  or  interv  ening  structures  inter- 
fere, the  cell  phone  signal  becomes  too  weak  to  be 

distinguished  from  general  electronic  noise. 

The  amplifiers  in  the  tower's  receiver  have  electronic  fil- 
ters that  discriminate  between  the  desired  incoming  signal 

▲  Figure  12.8  Wireless  communications  tower.  Towers  like  this 
(here,  disguised  as  a  tree)  enable  cell  phone  communicaton 

and  other  electronic  signals  I  he  sharper  the  filter,  the  higher 
the  discrimination  between  one  channel  and  another,  and 
therefore,  the  higher  the  capability  of  detecting  the  desired 
signal  with  clarity.  Filters  can  be  made  from  a  high- 
temperature  superconducting  oxide  that  when  cooled  below 
its  T,  prov  ides  much  sharper  filtering  capabilities  than  con- 

ventional filters.  By  incorporating  such  filters  in  the  tower  re- 
ceivers, communications  companies  can  extend  the  range  of 

the  tower  by  up  to  a  factor  of  2,  which  saves  construction  costs 
and  improv  es  the  reliability  of  communication. 

Superconducting  technology  is  now  being  deployed  in 
PC-sized  boxes  located  in  cell  phone  base  stations  (the  little 
building  at  the  foot  of  the  tower).  The  filters  are  formed  from  a 
ceramic  oxide,  typically  YBaiCu^Oy  or  TKE^CaCu^CV  The 
requisite  cooling  is  provided  bv  a  mechanical  cooling  device, 
which  is  a  small  refrigeration  unit  capable  of  cooling  the  filter 
below  its  /;  (Figure  12.9  T). 

▲  Figure  12.9  Cryogenic  receiver  system  employing  a  cryo-cooled 
superconducting  filter  and  a  low-noise  amplifier  (LNA).  The  cylindrical 
object  to  the  left  is  the  cryogenic  refrigerator  used  to  keep  the  filter  and  LNA 
at  a  temperature  below  its  Tc  value. 

recently,  the  simple  binary  compound  magnesium  diboride,  MgBo,  was  found 

to  become  superconducting  at  39  K.  This  observation  is  surprising  and  poten- 
tially quite  important,  since  MgB2,  which  is  a  semiconductor  somewhat  like 

graphite,  is  a  relatively  cheap  material.  Other,  related  compounds  might  prove 

to  have  higher  superconducting  transition  temperatures.  The  field  of  supercon- 
ductivity has  a  great  deal  of  promise,  and  the  appearance  of  superconductors  in 

major  commercial  products  is  just  beginning  (see  "Chemistry  at  Work"  box). 

12.2  I  Materials  for  Structure 

Many  of  the  applications  of  materials,  such  as  plastic  bottles,  leather  dog  leashes, 
concrete  roads,  and  steel  girders  in  buildings,  rely  on  their  structural  properties. 

These  properties  depend  a  great  deal  on  the  fundamental  bonding  and  atomic 
arrangements  of  the  material  at  the  microscopic  level,  and  different  needs  will 
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require  different  materials.  Only  in  rare  situations  would  concrete  bottles,  steel 
dog  leashes,  plastic  roads,  or  leather  girders  in  buildings  be  desirable. 

Soft  Materials:  Polymers  and  Plastics 

In  nature  we  find  many  substances  of  \  ery  high  molecular  mass,  running  into 
millions  of  amu,  that  make  up  much  ol  the  structure  of  living  organisms  and 
tissues.  Some  examples  include  starch  and  cellulose,  which  abound  in  plants, 

and  proteins,  which  are  found  in  both  plants  and  animals.  In  1827  Ions  [akob 

Berzelius  coined  the  word  polymer  (horn  the  ( ireek  polys,  "many,"  and  mews, 
"parts")  to  denote  molecular  substances  of  high  molecular  mass  formed  by 
the  polymerization  (joining  together)  of  monomers,  molecules  with  low  molec- 

ular mass. 

For  a  long  time  humans  processed  naturally  occurring  polymers,  such  as 
wool,  leather,  silk,  and  natural  rubber,  into  usable  materials.  During  the  past  70 

years  or  so,  chemists  hav  e  learned  to  form  synthetic  polymers  by  polymerizing 

monomers  through  controlled  chemical  reactions.  A  great  many  of  these  syn- 
thetic polymers  have  a  backbone  of  carbon  carbon  bonds  because  carbon 

atoms  have  an  exceptional  ability  to  form  strong  stable  bonds  with  one  another. 
Plastics  are  materials  that  can  be  formed  into  various  shapes,  usually  by 

the  application  of  heat  and  pressure.  Thermoplastic  materials  can  be  reshaped. 
For  example,  plastic  milk  containers  are  made  from  a  polymer  know  n  as 
polyethylene  that  has  a  high  molecular  mass.  These  containers  can  be  melted 

down  and  the  polymer  recycled  for  some  other  use.  In  contrast,  a  thermoset- 
ting plastic  is  shaped  through  irreversible  chemical  processes  and  therefore 

cannot  be  reshaped  readily. 
An  elastomer  is  a  material  that  exhibits  rubbery  or  elastic  behavior.  When 

subjected  to  stretching  or  bending,  it  regains  its  original  shape  upon  removal  ol 
the  distorting  force,  prov  ided  that  it  has  not  been  distorted  beyond  some  elastic 
limit.  Some  polymers,  such  as  nylon  and  polyesters,  can  also  be  formed  into 

fibers  that,  like  hair,  are  very  long  relative  to  their  cross-sectional  are.)  and  are 
not  elastic.  These  fibers  can  be  woven  into  fabrics  and  cords  and  fashioned  into 

clothing,  tire  cord,  and  other  useful  objects. 

Making  Polymers 

The  simplest  example  of  a  polymerization  reaction  is  the  formation  of  polyeth- 
ylene from  ethylene  molecules.  In  this  reaction  the  double  bond  in  each  ethyl- 

ene molecule  "opens  up,"  and  two  of  the  electrons  originally  in  this  bond  are 
used  to  form  new  C  —  C  single  bonds  with  two  other  ethylene  molecules: 

II    II    II    II    II  II 

c— c— c— c— c— c  

II  II   II   II   II  II 

Poh  ethylene 

^  ±   ±  ■■—  Htjt^V 

Polymerization  that  occurs  by  the  coupling  of  monomers  through  their  multi- 
ple bonds  is  called  addition  polymerization 
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3-D  MODELS 
Polyethylene,  Polypropylene,  Polystyrene, 
Polyvinyl  Chloride,  Nylon  6,6 

We  can  write  the  equation  tor  the  polymerization  reaction  as  follows: 

H  H
" 

•  H\  >  4-C— C+ 

H  H 

12. 

Here  ;/  represents  the  large  number — ranging  from  hundreds  to  many 
thousands — of  monomer  molecules  (ethylene  in  this  case)  that  react  to  form 

one  large  "polymer  molecule.  Within  the  polymer  a  repeat  unit  (the  unit  shown 
in  brackets  in  Equation  12.1)  appears  along  the  entire  chain.  The  ends  of  the 

chain  are  capped  by  carbon-hydrogen  bonds  or  by  some  other  bond,  so  that 
the  end  carbons  have  four  bonds. 

Polyethylene  is  a  very  important  material;  more  than  20  billion  pounds  are 
produced  in  the  United  States  each  year.  Although  its  composition  is  simple, 
the  polymer  is  not  easy  to  make.  Only  after  many  years  of  research  were  the 

right  conditions  identified  for  manufacturing  this  commercially  useful  poly- 
mer. Today  many  different  forms  of  polyethylene,  varying  widely  in  physical 

properties,  are  known.  Polymers  of  other  chemical  compositions  provide  still 

greater  variety  in  physical  and  chemical  properties.  Table  12.4  V  lists  several 
other  common  polymers  obtained  by  addition  polymerization. 

1  TABLE  12.4 Polymers  of  Commercial  Importance 

Polymer Structure 

I  St'S 

Addition  Polymers 

Polyethylene 

Polypropylene 

Polystyrene 

Polyvinyl  chloride  (PVC) 

Films,  packaging,  bottles 

Kitchenware,  fibers,  appliances 

Packaging,  disposable  food  containers,  insulation 

Condensation  polymers 

Polyurethane 

Polyethylene 
terephthalate 
(a  polyester) 

--C— NH— R— NH— C— O— R'— O-- 
II  II 
o  o 

R,  R'  =  —CH2—CH2— (for  example) 

Nylon 

+0— CH2— CH2— O— C— V— CH- 

o  o 

■-NH-f-CH-i-h-NH — C — (CHi), — C 

II  "  II o  o 

Pipe  fittings,  clear  film  for  meat  packaging 

"Foam"  furniture  stuffing,  spray-on  insulation, 
automotive  parts,  footwear,  water-protective 
coatings 

Tire  cord,  magnetic  tape,  apparel,  soft-drink bottles 

Home  furnishings,  apparel,  carpet,  fishing 
line,  toothbrush  bristles 

Polycarbonate Shatterproof  eyeglass  lenses,  CDs,  DVDs, 
bulletproof  windows,  greenhouses 
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CHEMISTRY  AT  WORK 
Recycling  Plastics 

If  you  look  at  the  bottom  ol  a  plastic  container,  you  are  likely 
to  see  a  recycle  symbol  containing  a  number,  .is  situ  in 

Figure  12.10  ►.  I  he  number  and  the  letter  abbre\  iation  below 

it  indicate  the  kind  ol  polymer  from  which  tin-  container  is 
made,  as  summarized  in  table  12. ^  ▼.  (  I  he  chemical  struc- 

tures of  these  polymers  are  shown  m  [able  12.4.)  f*hese  sym- 
bols make  it  possible  to  sort  containers  by  composition.  In 

general,  the  lower  the  number,  the  greater  the  ease  with  which 
the  material  can  be  recycled. 

TABLE  12.5  Categories  Used  for  Recycling  Polymeric 
Materials  in  the  United  States 

Number         Abbreviation  Polymer 

PET  or  PETE 
1 1DPE 
V 
LDPE 
PP 
PS 

Polyethylene  terephthalate 
High-density  polyeth)  lene 
Polyvim  I  <.  hloride  (PVC) 
I  ,ow-density  polyethylene 
Polypropylene 
Polystyrene 
Others 

▲  Figure  12.10   Recycling  symbols.  Every 
plastic  container  manufactured  today  has  a  recycling 
symbol  imprinted  on  it,  indicating  the  type  of 
polymer  used  to  make  the  container  and  the 

polymer's  suitability  for  recycling 

A  second  general  kind  of  reaction  used  to  synthesize  commercially  important 

polymers  is  condensation  polymerization.  In  a  condensation  reaction  two  mole- 
cules are  joined  to  form  a  larger  molecule  by  elimination  of  a  small  molecule  such 

as  H20.  For  example,  an  amine  (a  compound  containing  the  —  NHi  group)  w  ill 
react  with  a  carboxylic  acid  (a  compound  containing  the  — CXXTH  group)  to 
form  a  bond  between  N  and  C  along  with  the  formation  of  1 12O. 

I  I 

(  ) N— H  +  H— O— C 

H  O 

— N— C—  +  I 

Polymers  formed  from  two  different  monomers  are  called  copolymers.  In 

the  formation  of  many  nylons  a  diamine,  a  compound  w  ith  an  —  NH2  group  at 
each  end,  is  reacted  with  a  diacni,  a  compound  with  a  -COOl  I  group  at  eac  h 
end.  For  example,  nylon  6,6  is  formed  when  a  diamine  that  has  six  carbon 
atoms  and  an  amino  group  on  each  end  is  reacted  with  adipic  acid,  which  also 
has  six  carbon  atoms 

MOVIE Synthesis  of  Nylon  6,10 

o o 

n  H2N-t-CH:i^NH2  +  n  HOC-f  CH^COI  I 
Diamine  Adipic  acid 

(  ) (  ) NH(CH2)(1NH— C(CH2)4C- Nylon  6,6 
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A  condensation  reaction  occurs  on  each  end  of  the  diamine  and  the  acid.  The 

components  of  H20  are  split  out,  and  N — C  bonds  are  formed  between  mole- 
cules. Table  12.4  lists  nylon  6,6  and  some  other  common  polymers  obtained  by 

condensation  polymerization.  Notice  that  these  polymers  have  backbones  con- 
taining N  or  O  atoms  as  well  as  C  atoms.  In  Chapter  25  we  will  see  that  pro- 

teins, DNA,  and  RNA  are  also  condensation  polymers. 

9 GIVE  IT  SOME  THOUGHT 

Would  it  be  possible  to  make  a  condensation  polymer  out  of  this  molecule  alone? 

▲  Figure  12.11   A  segment  of  a 
polyethylene  chain.  The  segment  shown  here 
consists  of  28  carbon  atoms.  In  commercial 
polyethylenes  the  chain  lengths  range  from  about 

103  to  105  CH2  units.  As  this  illustration  implies, 
the  chains  are  flexible  and  can  coil  and  twist  in 
random  fashion. 

Ordered  regions 

▲  Figure  12.12   Interactions  between 
polymer  chains.  In  the  circled  regions,  the 
forces  that  operate  between  adjacent  polymer- 
chain  segments  lead  to  ordering  analogous  to  the 
ordering  in  crystals,  though  less  regular. 

Structure  and  Physical  Properties  of  Polymers 

The  simple  structural  formulas  given  for  polyethylene  and  other  polymers 
are  deceptive.  Because  each  carbon  atom  in  polyethylene  is  surrounded  by 
four  bonds,  the  atoms  are  arranged  in  a  tetrahedral  fashion,  so  that  the  chain 
is  not  straight  as  we  have  depicted  it.  Furthermore,  the  atoms  are  relatively 

free  to  rotate  around  the  C  —  C  single  bonds.  Rather  than  being  straight  and 
rigid,  therefore,  the  chains  are  very  flexible,  folding  readily  (Figure  12.11  A). 
The  flexibility  in  the  molecular  chains  causes  the  entire  polymer  material  to 

be  very  flexible. 
Both  synthetic  and  naturally  occurring  polymers  commonly  consist  of  a 

collection  of  macromolecules  (large  molecules)  of  different  molecular  weights. 

Depending  on  the  conditions  of  formation,  the  molecular  weights  may  be  dis- 
tributed over  a  wide  range  or  be  closely  clustered  around  an  average  value.  In 

part  because  of  this  distribution  in  molecular  weights,  polymers  are  largely 

amorphous  (noncrystalline)  materials.  Rather  than  exhibiting  a  well-defined 
crystalline  phase  with  a  sharp  melting  point,  they  soften  over  a  range  of  tem- 

peratures. They  may  however,  possess  short-range  order  in  some  regions  of 
the  solid,  with  chains  lined  up  in  regular  arrays  as  shown  in  Figure  12.12  A. 
The  extent  of  such  ordering  is  indicated  by  the  degree  of  crystallinity  of  the 

polymer.  The  crystallinity  of  a  polymer  can  frequently  be  enhanced  by  me- 
chanical stretching  or  pulling  to  align  the  chains  as  the  molten  polymer  is 

drawn  through  small  holes.  Intermolecular  forces  between  the  polymer 
chains  hold  the  chains  together  in  the  ordered  crystalline  regions,  making  the 

polymer  denser,  harder,  less  soluble,  and  more  resistant  to  heat.  Table  12.6  ▼ 

shows  how  the  properties  of  polyethylene  change  as  the  degree  of  crystallini- 

ty increases. 
The  simple  linear  structure  of  polyethylene  is  conducive  to  intermolecu- 
lar interactions  that  lead  to  crystallinity.  However,  the  degree  of  crystallinity 

TABLE  12.6   Properties  of  Polyethylene  as  a  Function  of  Crystallinity 

Crystallinity 

55% 
62% 70% 77% 

85% 

Melting  point  (°C) 
109 

116 
125 130 

133 

Density  (g/cm3) 0.92 
0.93 

0.94 
0.95 

0. 
Stiffness* 

25 

47 

75 

120 165 

Yield  stress* 
1700 

2500 3300 4200 
5100 

•These  test  results  show  that  the  mechanical  strength  of  the  polymer  increases  with  increased  crystallinity.  The 
physk  al  units  tor  the  stiffness  test  are  psi  x  10~3  (psi  =  pounds  per  square  inch);  those  for  the  yield  stress  test are  psi.  Discussion  ol  the  exact  meaning  and  significance  of  these  tests  is  beyond  the  scope  of  this  text. 
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A  Figure  12.13   Two  types  of 
polyethylene,  (a)  Schematic  illustrat 
structure  of  low-density  polyethylene  (LDPE>  i 
food-storage  bags  made  of  LDPE  film, 
(b)  Schematic  illustration  of  the  structure  of  high 
density  polyethylene  (HDPE)  and  containers 
formed  from  HDPE 

(a)  (b) 

in  polyethylene  strongly  depends  on  the  average  molecular  mass.  Polymer- 
ization results  in  a  mixture  of  macromolecules  with  varying  values  of  n  and 

hence  varying  molecular  masses.  So-called  low-density  polyethylene  (LDPE) 
used  in  forming  films  and  sheets  has  an  average  molecular  mass  in  the  range 
of  10  amu  and  has  substantial  chain  branching.  That  is,  there  are  side  chains 

off  the  main  chain  of  the  polymer,  much  like  spur  lines  that  branch  from  a 
main  railway  line.  These  branches  inhibit  the  formation  of  crystalline  regions, 

reducing  the  density  of  the  material.  High-density  polyethylene  (HDPE), 
used  to  form  bottles,  drums,  and  pipes,  has  an  average  molecular  mass  in  the 
range  of  10  amu.  This  form  has  less  branching  and  thus  a  higher  degree  of 

crystallinity.  Low-density  and  high-density  polyethylene  are  illustrated  in 

Figure  12.13  ▲.  Thus,  the  properties  of  polyethylene  can  be  "tuned"  by  var)  - 
ing  the  average  length,  crystallinity,  and  branching  of  the  chains,  making  it  a 
very  versatile  material. 

9 GIVE  IT  SOME  THOUGHT 

Both  the  melting  point  and  the  degree  of  crystallinity  decrease  in  copolymers  made 
of  ethylene  and  vinyl  acetate  monomers  as  the  percentage  of  vinyl  acetate  increases. 
Suggest  an  explanation. 

CH2=CH H  H 

V=r  OCCH, 

Ethylene  Vinyl  ac  etatc 

Various  substances  may  be  added  to  polymers  to  provide  protection 

against  the  effects  of  sunlight  or  against  degradation  by  oxidation.  For  exam- 
ple, manganese(II)  salts  and  copper(I)  salts,  in  concentrations  as  low  as 
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A  Figure  12.14  Cross-linking  of  polymer 
chains.  The  cross-linking  groups  (red)  constrain 
the  relative  motions  of  the  polymer  chains, 
making  the  material  harder  and  less  flexible  than 
when  the  cross-links  are  not  present. 

5  x  10~  %,  are  added  to  nylons  to  provide  protection  from  light  and  oxidation 
and  to  help  maintain  whiteness.  In  addition,  the  physical  properties  of  poly- 

meric materials  can  be  modified  extensively  by  adding  substances  with  lower 
molecular  mass,  called  plasticizers,  to  reduce  the  extent  of  interactions  between 
chains  and  thus  to  make  the  polymer  more  pliable.  Polyvinyl  chloride  (PVC) 
(Table  12.4),  for  example,  is  a  hard,  rigid  material  of  high  molecular  mass  that  is 

used  to  manufacture  home  drainpipes.  When  blended  with  a  suitable  sub- 
stance of  lower  molecular  mass,  however,  it  forms  a  flexible  polymer  that  can 

be  used  to  make  rain  boots  and  doll  parts.  In  some  applications  the  plastici/er 

in  a  plastic  object  may  be  lost  over  time  because  of  evaporation.  As  this  hap- 
pens, the  plastic  loses  its  flexibility  and  becomes  subject  to  cracking. 

Polymers  can  be  made  stiffer  by  introducing  chemical  bonds  between  the 
polymer  chains,  as  illustrated  in  Figure  12.14  4.  Forming  bonds  between 

chains  is  called  cross-linking.  The  greater  the  number  of  cross-links  in  a  poly- 
mer, the  more  rigid  the  material.  Whereas  thermoplastic  materials  consist  of  in- 

dependent polymer  chains,  thermosetting  ones  become  cross-linked  when 
heated,  and  it  is  the  cross-links  that  allow  them  to  hold  their  shapes. 

An  important  example  of  cross-linking  is  the  vulcanization  of  natural  rub- 
ber, a  process  discovered  by  Charles  Goodyear  in  1839.  Natural  rubber  is 

formed  from  a  liquid  resin  derived  from  the  inner  bark  of  the  Hevea  brasiliensis 
tree.  Chemically,  it  is  a  polymer  of  isoprene,  C^Hg. 

CH3 

(n  +  2) 
,C— C, 

H 

CH2"  -CH2 

Isoprene 

CFh 

CH- 

C=C 

H CFh  H 

CHn— CFF 

Rubber 

CFh  H 

W
(
 

-CH2  CM- 

-  n 

[12.4] 

Because  rotation  about  the  carbon-carbon  double  bond  does  not  readily  occur, 

the  orientation  of  the  groups  bound  to  the  carbons  is  rigid.  In  naturally  occur- 
ring rubber,  the  chain  extensions  are  on  the  same  side  of  the  double  bond,  as 

shown  in  Equation  12.4.  This  form  is  called  c/s-polyisoprene;  the  prefix  cis-  is 

derived  from  a  Latin  phrase  meaning  "on  this  side." 
Natural  rubber  is  not  a  useful  polymer  because  it  is  too  soft  and  too  chemi- 

cally reactive.  Goodyear  accidentally  discovered  that  adding  sulfur  to  rubber 

and  then  heating  the  mixture  makes  the  rubber  harder  and  reduces  its  suscepti- 
bility to  oxidation  or  other  chemical  attack.  The  sulfur  changes  rubber  into  a 

thermosetting  polymer  by  cross-linking  the  polymer  chains  through  reactions 
at  some  of  the  double  bonds,  as  shown  schematically  in  Figure  12.15  ►.  Cross- 

linking  of  about  5"<>  of  the  double  bonds  creates  a  flexible,  resilient  rubber. 
When  the  rubber  is  stretched,  the  cross-links  help  prevent  the  chains  from  slip- 

ping, so  that  the  rubber  retains  its  elasticity. 
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A  Figure  12.15   Vulcanization  of  rubber,  (a)  In  polymeric  natural  rubber,  there  are  carbon-carbon 
double  bonds  at  regular  intervals  along  the  chain,  as  shown  in  Equation  12  4  (b)  Chains  of  four  sulfur  atoms 
have  been  added  across  two  polymer  chains,  by  the  opening  of  a  carbon-carbon  double  bond  on  each  chain. 

Hi  SAMPLE  EXERCISE  12.2  |  The  Stoichiometry  of  Cross-Linking 

If  we  assume  four  sulfur  atoms  per  cross-link  connection,  what  mass  ol  sulfur  per 
gram  of  isoprene,  C^HS,  is  required  to  establish  a  <  ross-link  as  illustrated  in  Figure 
12.15  with  5%  of  the  isoprene  units  in  rubber? 

Solution 

Analyze:  We  are  asked  to  calculate  the  mass  of  sulfur  required  per  gram  of  isoprene, 
Plan:  We  need  to  ev  aluate  the  ratio  of  sulfur  atoms  to  isoprene  units  based  on  Figure 
12.15,  then  scale  the  required  mass  of  sulfur  to  take  account  ol  the  5%  cross-linking. 
Solve:  We  can  see  from  the  figure  that  each  cross-link  involves  eight  sulfur  atoms  for 
every  two  isoprene  units;  this  means  that  the  ratio  of  S  to  C  ,1  ls  is  four.  Thus,  with  5% 
(0.05)  of  the  isoprene  units  cross-linked,  we  ha\  e 

/lmolC5H8y    4molS  \/32.1gS\ (I.OiiCsHs)  (0.05)  O.IWeS 
K  \hS.l  gC=;Hs/\  1  moK\llx/\  1  mo  S/  h 

WM  PRACTICE  EXERCISE 

How  would  vou  expect  the  properties  of  \  ulcani/ed  rubber  to  \  ary  as  the-  percentage 
of  sulfur  increases?  Explain. 
Ansiver:  The  rubber  would  be  harder  and  less  flexible  as  the  percentage  of  sulfur  in- 

creases, because  of  an  increased  degree  of  cross-linking,  which  covalently  bonds  the 
polymer  chains  together. 

Hard  Materials:  Metals  and  Ceramics 

Many  objects  are  made  of  metals:  kitchen  pots  and  pans,  jewelry,  train  tracks, 

electrical  wires.  Some  metals  are  abundant  in  nature,  especially  iron  and  alu- 
minum. Their  atomic  structure,  in  which  the  metal  atoms  are  held  together  by  a 

sea  of  delocalized  electrons,  allows  for  metal  atoms  to  slip  past  one  another 

under  force,  giving  rise  to  the  important  properties  ol  malleability  and  ductility. 
The  properties  of  metals  can  be  improved  by  the  addition  of  other  substances. 

Iron,  for  example,  easily  rusts.  Stainless  steel  is  a  mixture  of  iron  with  other  ele- 
ments, and  it  is  far  more  resistant  to  rust  than  pure  iron. 



502       Chapter  12     |     Modern  Materials 

CHEMISTRY  AT  WORK  I  Toward  the  Plastic  Car 

Many  polymers  can  be  formulated  and  processed  to  have 
sufficient  structural  strength,  rigidity,  and  heat  stability 

to  replace  metals,  glass,  and  other  materials  in  a  variety  of 

applications.  The  housings  of  ele(  trie  motors  and  kitchen  ap- 
pliances such  as  coffeemakers  and  can  openers,  for  example, 

are  now  commonly  formed  from  specially  formulated  poly- 
mers. Engineering  polymers  are  tailored  to  particular  applica- 

tions through  choice  of  polymers,  blending  of  polymers,  and 
modifications  of  processing  steps.  They  generally  have  lower 

costs  or  superior  performance  over  the  materials  they  re- 
place. In  addition,  shaping  and  coloring  of  the  individual 

parts  and  their  assembly  to  form  the  final  product  are  often 
much  easier. 

The  modern  automobile  provides  many  examples  of  the 
inroads  engineering  polymers  have  made  in  automobile  design 

▲  Figure  12.16  Plastic  engines.  The  intake  manifold  of  some  Ford  V-8 
engines  is  formed  from  nylon. 

A  Figure  12.17      astic  fenders.  The  fenders  of  this  Volkswagen  Beetle 
are  made  of  General  I  li  rtnc  Noryl  GTX,  a  composite  of  nylon  and 
polyphenylene  ethei 

and  construction.  Car  interiors  have  long  been  formed  mainly 

of  plastics.  Through  development  of  high-performance  materi- 
als, significant  progress  has  been  made  in  introducing  engineer- 
ing polymers  as  engine  components  and  car  body  parts. 

Figure  12.16  ▼,  tor  example,  shows  the  manifold  in  a  series  of 
Ford  V-8  pickup  and  van  engines.  The  use  of  an  engineering 
polymer  in  this  application  eliminates  machining  and  several 
assembly  steps.  The  manifold,  which  is  made  of  nylon,  must  be 
stable  at  high  temperatures. 

Car  body  parts  can  also  be  formed  from  engineering  poly- 
mers. Components  formed  from  engineering  polymers  usual- 

ly weigh  less  than  the  components  they  replace,  thus 
improving  fuel  economy.  The  fenders  of  the  Volkswagen  New 

Beetle  (Figure  12.17  ▼),  for  example,  are  made  of  nylon  rein- 
forced with  a  second  polymer,  polyphenylene  ether  (ppe), 

which  has  the  following;  structure: 

O— 

Because  the  polyphenylene  ether  polymer  is  linear  and  rather 
rigid,  the  ppe  confers  rigidity  and  shape  retention. 

A  big  advantage  of  most  engineering  polymers  over  met- 
als is  that  they  eliminate  the  need  for  costly  corrosion  protec- 

tion steps  in  manufacture.  In  addition,  some  engineering 
polymer  formulations  permit  manufacturing  with  the  color 
built  in,  thus  eliminating  painting  steps  (Figure  12.18  ▼). 

▲  Figure  12.18   A  mostly  plastic  car.  This  truck  has  door  handles  and 
bumper  supports  made  of  polycarbonate/polybutylene  plastic.  Coloring 
pigments  are  incorporated  into  the  manufacture  of  the  plastic,  eliminating  the 
need  for  painting. 
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Ceramics  are  used  in  structural  applications  such  as  bricks  and  concrete, 

where  the  major  components  are  Si02,  AhO-,,  l:e20-w  and  CaO.  The  bonding  in 
ceramics  is  either  ionic  or  a  mixture  of  ionic  and  covalent-network.  Therefore, 

under  applied  force,  the  material  does  not  deform  easily  like  a  metal  and  is  brit- 
tle because  planes  of  atoms  of  like  charge  would  be  required  to  slip  past  each 

other.  Ceramic  components  are  also  difficult  to  manufacture  free  of  detects.  Ce- 

ramic parts  often  develop  random,  undetectable  microcracks  and  voids  (hollow- 
spaces)  during  processing.  These  detects  are  more  susceptible  to  stress  than  the 
rest  of  the  ceramic;  thus,  they  are  generally  the  origin  of  cracking  and  fractures. 

To  "toughen"  a  ceramic — to  increase  its  resistance  to  fracture — scientists  fre- 
quently produce  very  pure  uniform  particles  of  the  ceramic  material  that  are 

less  than  1  ̂ m  (10  h  m)  in  diameter.  These  are  then  sintered  (heated  at  high  tem- 
perature under  pressure  so  that  the  individual  particles  bond  together)  to  form 

the  desired  object. 
Ceramic  materials  are  used  in  the  manufacture  of  ceramic  tiles  for  the  sur- 

faces of  the  Space  Shuttle,  to  protect  against  overheating  on  reentry  into  Earth's 
atmosphere  (Figure  12. lc'^).  The  tiles  are  made  of  short,  high-purity  silica 
fibers  reinforced  with  aluminum  borosilicate  fibers.  The  material  is  formed  into 

blocks,  sintered  at  over  1300  C,  and  then  cut  into  tiles.  1  he  tiles  have  a  density 

of  only  0.2  g/cm",  yet  they  are  able  to  keep  the  shuttle's  aluminum  skin  below 
180JC  while  sustaining  a  surface  temperature  of  up  to  12^0  C. 

Making  Ceramics 

Many  ceramics  are  naturally  occurring  and  can  be  mined  from  the  earth.  I  low- 
ever,  there  are  inorganic  counterparts  of  the  polymerization  reactions  we  dis- 

cussed earlier  that  are  useful  tor  making  ceramic  materials  with  increased 

purity  and  controlled  particle  size.  The  sol-gel  process  is  an  important  method 
of  forming  extremely  fine  particles  of  uniform  size.  A  typical  sol-gel  procedure 
begins  with  a  metal  alkoxidc.  An  alkoxide  contains  organic  groups  bonded  to  a 

metal  atom  through  oxygen  atoms.  Alkoxides  are  produced  when  the  metal  re- 
acts with  an  alcohol,  which  is  an  organic  compound  containing  an  C  >l  I  group 

bonded  to  carbon.  To  illustrate  this  process,  we  w  ill  use  titani- 
um as  the  metal  and  ethanol,  ChhCH2OH,  as  the  alcohol. 

Ti(s)  +  4CH^CH2OH(/)  -  — »  Ti(OCH2Chh)4(s)  ^  2  H2(g)  [12.5] 

The  alkoxide  product,  Ti(OCH2CH-).j,  is  dissolved  in  an  appropriate  alcohol 
solvent.  Water  is  then  added,  and  it  reacts  with  the  alkoxide  to  form  I  i  (Ml 

groups  and  to  regenerate  ethanol. 

Ti(OCH2Chh)4(se//;)  +  4  H2Q(/)  >  Ti(OH)4(s)  •  4  CM  ,CI  l2OI  l(/)  [12.6] 

The  reaction  with  ethanol  is  used,  even  though  the  ethanol  is  simply  regenerat- 
ed, because  the  direct  reaction  of  Ti(s)  with  H20(/)  leads  to  a  complex  mixture 

of  titanium  oxides  and  titanium  hydroxides.  The  intermediate  formation  of 
Ti(OC2Hs)4(s)  ensures  that  a  uniform  suspension  of  Ti(OH)4  will  be  formed. 
The  Ti(OH)4  is  present  at  this  stage  as  a  sol,  a  suspension  of  extremely  small 

particles.  The  acidity  or  basicity  of  the  sol  is  adjusted  lo  split  out  water  from  be- 
tween two  of  the  Ti  —  OH  bonds. 

(HOhTi  —  O  —  H(s)  +  H  —  O  —  Ti(OHh(s)  - 

(HO)3Ti— O— Ti(OH)3(s)  +  H20(/)  [12.7] 

This  is  another  example  of  a  condensation  reac  tion.  Condensation  also  on  urs 

at  some  of  the  other  OH  groups  bonded  to  the  central  titanium  atom,  produc- 
ing a  three-dimensional  network.  The  resultant  material,  called  a  gel,  is  a 

A  Figure  12.19   Ceramics  in  space.  A 
worker  applying  thermally  insulating  ceramic  tiles 
to  the  body  of  the  Space  Shuttle  orbiter 
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A  Figure  12.20   Uniformly  sized  spheres 
of  amorphous  silica,  Si02.  These  are  formed 
by  precipitation  from  a  methanol  solution  of 
Si(OCH3)4  upon  addition  of  water  and  ammonia. 
The  average  diameter  is  550  nm. 

suspension  of  extremely  small  particles  with  the  consistency  of  gelatin.  When 

this  material  is  heated  carefully  at  200°C  to  500°C,  all  the  liquid  is  removed,  and 
the  gel  is  converted  to  a  finely  divided  metal  oxide  powder  with  particles  in  the 
range  of  0.003  to  0.1  jum  in  diameter.  Figure  12.20  4  shows  Si02  particles, 
formed  into  remarkably  uniform  spheres  by  a  precipitation  process  similar  to 
the  sol-gel  process. 

12.3  |  Materials  for  Medicine  

Increasingly,  modern  synthetic  materials  are  being  used  in  medical  and  biolog- 
ical applications.  For  our  discussion  here,  a  biomaterial  is  any  material  that  has 

a  biomedical  application.  The  material  might  have  a  therapeutic  use,  for  exam- 
ple, in  the  treatment  of  an  injury  or  a  disease.  Or  it  might  have  a  diagnostic  use, 

as  part  of  a  system  for  identifying  a  disease  or  for  monitoring  a  quantitv  such  as 

the  glucose  level  in  blood.  Whether  the  use  is  therapeutic  or  diagnostic,  the  bio- 
material is  in  contact  with  biological  fluids,  and  this  material  must  have  prop- 

erties that  meet  the  demands  of  that  application.  For  example,  a  polymer 
employed  to  form  a  disposable  contact  lens  must  be  soft  and  have  an  easilv 
wetted  surface,  whereas  the  polymer  used  to  fill  a  dental  cavity  must  be  hard 
and  wear-resistant. 

▼  Figure  12.21   Schematic  illustration 
of  a  human-made  device  implanted  in  a 
biological  system.  To  function  successfully,  the 
device  must  be  biocompatible  with  its 
surroundings  and  meet  the  necessary  physical 
and  chemical  requirements,  some  of  which  are 
listed  for  illustrative  purposes. 

Biocompatibility 
Compatible  with 
body  tissues  and 

fluids 

Characteristics  of  Biomaterials 

The  most  important  characteristics  that  influence  the  choice  of  a  biomaterial  are 

biocompatibility,  physical  requirements,  and  chemical  requirements,  as  illus- 
trated in  Figure  12.21  ▼. 

Biocompatibility  Living  systems,  particularly  the  higher  animals,  have  a 
complex  set  of  protections  against  invasions  of  other  organisms.  Our  bodies 

have  an  extraordinary  ability  to  determine  whether  an  object  is  the  body's  own 
material  or  whether  it  is  foreign.  Any  substance  that  is  foreign  to  the  body  has 

the  potential  to  generate  a  response  from  the  immune  system.  Molecular-sized 
objects  are  bound  by  antibodies  and  rejected,  whereas  larger  objects  induce  an 
inflammatory  reaction  around  them.  Some  materials  are  more  biocompatible; 

that  is,  they  are  more  readily  integrated  into  the  body  without  inflammatory  re- 
actions. The  most  important  determining  factors  in  the  biocompatibility  of  a 

substance  are  its  chemical  nature  and  the  physical  texture  of  its  surface. 

Physical  Requirements  A  biomaterial  is  often  required  to  meet  very  exact- 
ing demands.  Tubing  that  is  to  be  used  to  replace  a  defective  blood  vessel  must 

be  flexible  and  must  not  collapse  under  bending  or 
other  distortion.  Materials  used  in  joint  replacements 
must  be  wear-resistant.  An  artificial  heart  valve  must 
open  and  close  70  to  80  times  a  minute,  day  after  day, 

for  many  years.  If  the  valve  is  to  have  a  life  expectan- 
cy of  twenty  years,  this  means  about  750  million  cy- 

cles of  opening  and  closing!  Unlike  the  failure  of  the 
valve  in  a  car  engine,  failure  of  the  heart  valve  may 
have  fatal  consequences  for  its  owner. 

Physical  requirements Strength 
Flexibility 

Hardness 

Implant  device 

Chemical  requirements 
Nontoxic 

Nonreactive  or 

biodegradable 

Chemical  Requirements  Biomaterials  must  be 

medical  grade,  which  means  that  they  must  be  ap- 
proved for  use  in  any  particular  medical  application. 

Any  ingredients  present  in  a  medical-grade  biomate- rial must  remain  innocuous  over  the  lifetime  of  the 

application.  Polymers  are  important  biomaterials, 
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but  most  commercial  polymeric  materials  contain  contaminants  such  as  unre- 
acted  monomers,  tillers  or  plasticizers,  and  antioxidants  or  other  stabilizers. 
The  small  amounts  of  foreign  materials  present  in  HDPE  used  in  milk  jugs 
(Figure  12.13)  pose  no  threat  in  that  application,  but  they  might  il  the  same 
plastic  material  were  implanted  in  the  body  over  a  long  period. 

Polymeric  Biomaterials 

Specialized  polymers  have  been  developed  tor  a  variety  of  biomedical  applica- 
tions. The  degree  to  which  the  body  accepts  or  rejects  the  foreign  polymer  is  de- 

termined by  the  nature  ot  the  atomic  groups  along  the  chain  and  the 

possibilities  tor  interactions  w  ith  the  body's  own  molecules.  Our  bodies  are 
composed  largely  of  biopolymers  such  as  proteins,  polysaccharides  (sugars), 
and  polynucleotides  (RNA,  DNA).  We  w  ill  learn  more  about  these  molecules  in 

Chapter  25.  For  now,  we  can  simply  note  that  the  body's  own  biopolymers  ha\  e 
complex  structures,  with  polar  groups  along  the  polymer  chain.  Proteins,  lor 
example,  are  long  strings  ot  amino  acids  (the  monomers)  that  have  formed  a 
condensation  polymer.  The  protein  chain  has  the  following  structure: 

HO  HO  II  O 

-C— C—  N— C— C—  N— C— C— N4 

Ri         II     R,         H  H 

where  the  R  groups  vary  along  the  chain  [ — CH^,  — CHfCH^i,  and  so  on]. 
There  are  20  different  amino  acids  that  are  used  in  different  combinations  to 

make  up  proteins  in  humans.  By  contrast,  synthetic  polymers  are  simpler,  being 
formed  from  a  single  repeating  unit  or  perhaps  two  different  repeating  units,  as 
described  in  Section  12.2.  This  difference  in  complexity  is  one  of  the  reasons 
that  synthetic  polymers  are  identified  by  the  body  as  foreign  objects.  Another 

reason  is  that  there  may  be  few  or  no  polar  groups  along  the  chain  that  can  in- 

teract with  the  body's  aqueous  medium. 
We  learned  in  Section  12.2  that  polymers  can  be  characterized  by  their 

physical  properties.  Elastomers  are  used  as  biomaterials  in  flexible  tubing  over 
leads  for  implanted  heart  pacemakers  and  as  catheters  (tubes  implanted  into 

the  body  to  administer  a  drug  or  to  drain  fluids).  Thermoplastics,  such  as  poly- 
ethylene or  polyesters,  are  employed  as  membranes  in  blood  dialysis  machines 

and  as  replacements  for  blood  vessels.  Thermoset  plastics  find  limited,  but  im- 
portant uses.  Because  they  are  hard,  inflexible,  and  somewhat  brittle,  they  are 

most  often  used  in  dental  devices  or  in  orthopedic  applications,  such  as  in  joint 
replacements.  To  fill  a  cavity,  for  example,  the  dentist  may  pack  some  material 

into  the  cavity,  then  shine  an  ultraviolet  lamp  on  it.  I  he  light  initiates  a  photo- 
chemical reaction  that  forms  a  hard,  highly  cross-linked  thermoset  polymer. 

Examples  of  Biomaterial  Applications 

We  can  best  appreciate  the  kinds  of  problems  encountered  in  using  biomateri- 
als by  considering  a  few  specific  cases. 

Heart  Replacement  and  Repairs  The  term  cardiovascular  pertains  to  the 
heart,  blood,  and  blood  vessels.  The  heart  is,  of  course,  .in  absolutely  essential 
organ.  A  heart  that  tails  completely  may  be  replaced  by  a  donor  organ.  About 
60,000  people  suffer  terminal  heart  failure  each  year  in  the  United  States,  yet 
only  about  2500  donor  hearts  become  available  for  transplant.  Many  attempts 

have  been  made — and  continue  to  be  made — to  produce  an  artificial  heart  that 
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▲  Figure  12.22  A  disc  heart  valve.  Known 
as  the  St.  Jude  valve,  this  device  was  named  for 
the  medical  center  at  which  it  was  developed.  The 
surfaces  of  the  valve  are  coated  with  pyrolytic 
carbon.  The  valve  is  secured  to  the  surrounding 

tissue  via  a  Dacron R  sewing  ring. 

▲  Figure  12.23   A  Dacron R  vascular 
graft.  Grafts  like  this  are  used  in  coronary 
artery  surgery 

can  serve  over  a  long  period  of  time  as  a  replacement  for  the  natural  organ.  We 
will  not  devote  attention  to  these  efforts,  except  to  note  that  recent  results  are 

quite  promising. 
It  often  happens  that  only  a  part  of  the  heart,  such  as  the  aortic  valve,  fails 

and  needs  replacement.  Repair  could  be  made  by  using  foreign  tissue  (for  ex- 

ample, a  pig  heart  valve)  or  a  mechanical  heart  valve  implant  to  replace  a  dis- 
eased one.  About  250,000  valve  replacement  procedures  are  performed 

annually  worldwide.  In  the  United  States  about  45".,  of  the  procedures  involve 
a  mechanical  valve.  The  most  widely  used  valve  is  shown  in  Figure  12.22  A.  It 
has  two  semicircular  discs  that  move  to  allow  blood  to  flow  in  the  desired  di- 

rection as  the  heart  pumps,  then  they  fall  back  together  to  form  a  seal  against 
back  flow. 

It  is  vital  to  minimize  fluid  disturbance  as  the  blood  passes  through  artifi- 
cial devices.  Surface  roughness  in  a  device  causes  hemolysis,  the  breakdown  of 

red  blood  cells.  Furthermore,  surface  roughness  can  serve  as  a  site  for  invading 

bacteria  to  adhere  and  colonize.  Finally,  rough  surfaces  also  promote  coagula- 
tion of  the  blood,  which  forms  a  thrombus,  or  blood  clot.  Thus,  even  though  we 

may  have  a  perfectly  fine  piece  of  machinery  from  a  mechanical  point  of  view, 

the  heart  valve  may  not  be  suitable  as  a  long-term  implant.  To  minimize  blood 
clots,  the  discs  in  the  heart  valve  must  have  a  smooth,  chemically  inert  surface. 

A  second  challenge  in  the  use  of  a  heart  valve  implant  is  to  fix  it  in  place.  As 

shown  in  Figure  12.22,  the  retainer  ring  that  forms  the  body  of  the  valve  is  cov- 

ered with  a  mesh  of  woven  fabric.  The  material  of  choice  is  Dacron  ,  du  Pont's 
trade  name  for  the  fiber  formed  from  polyethylene  terephthalate  (PET,  a  poly- 

ester; Table  12.4).  The  mesh  acts  as  a  lattice  on  which  the  body's  tissues  can 
grow,  so  that  the  valve  becomes  incorporated  into  its  surroundings.  Tissue 
grows  through  the  polyester  mesh,  whereas  it  does  not  do  so  on  many  other 

plastics.  Apparently  the  polar,  oxygen-containing  functional  groups  along  the 
polyester  chain  afford  attractive  interactions  to  facilitate  tissue  growth. 

Vascular  Grafts  A  vascular  graft  is  a  replacement  for  a  segment  of  diseased 
arteries.  Where  possible,  diseased  blood  vessels  are  replaced  with  vessels  taken 

from  the  patient's  own  body.  When  this  is  not  feasible,  artificial  materials  must 
be  used.  Dacron"  is  used  as  replacement  for  large-diameter  arteries  around  the 
heart.  For  this  purpose,  it  is  fabricated  into  a  crimped,  woven,  tubular  form,  as 

shown  in  Figure  12.23  A.  The  tubing  is  crimped  to  enable  it  to  bend  without  se- 
rious decrease  in  its  cross-sectional  area.  The  graft  must  integrate  with  sur- 

rounding tissue  after  it  has  been  put  in  place.  It  must  therefore  have  an  open 
structure,  with  pores  on  the  order  of  10  fim  in  diameter.  During  the  healing 
process  blood  capillaries  grow  into  the  graft  and  new  tissues  form  throughout 

it.  Similarlv,  polytetrafluoroethvlene  [  —  (CF2CF2),,  —  ]  is  used  for  the  smaller- 
diameter  vascular  grafts  in  the  limbs. 

Ideally,  the  inside  surface  of  the  graft  would  become  lined  with  the  same 

sorts  of  cells  that  line  the  native  artery,  but  this  process  does  not  occur  with  ma- 
terials currently  available.  Instead,  the  inside  surface  of  the  tubing  is  recog- 

nized as  being  foreign  to  the  blood.  Platelets,  which  are  circulating  components 
of  the  blood,  normally  serve  the  function  of  sealing  up  wounds  in  the  blood 

vessel  walls.  Unfortunately,  they  attach  to  foreign  surfaces  and  cause  blood  co- 
agulation. The  search  for  a  more  biocompatible  lining  for  grafts  is  an  area  of  ac- 

tive research,  but  at  present  there  is  a  continuing  risk  of  blood  clots.  Excess 

tissue  growth  at  the  intersection  of  the  graft  with  the  native  artery  is  also  a  fre- 
quent problem.  Because  of  the  possibility  of  blood  clot  formation,  patients  who 

have  received  artificial  heart  valves  or  vascular  grafts  are  generally  required  to 

take  anticoagulation  drugs  on  a  continuing  basis. 
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Artificial  Tissue  The  treatment  of  patients  who  have  lest  extensive  skin 

tissue — for  example,  burn  patients  or  those  with  skin  ulcers — is  one  of  the  most 
difficult  problems  in  therapeutic  medicine,  today,  laboratory-grown  skin  can  he 

employed  to  replace  grafts  in  such  patients.  Ideally,  the  "artificial"  tissue  would 
be  grown  from  cells  taken  from  the  patient.  When  this  is  not  possible,  for  exam- 

ple, with  burn  victims,  the  tissue  cells  come  from  another  source.  When  the  graft 

skin  is  not  formed  from  the  patient's  own  cells,  drugs  that  suppress  the  body's 
natural  immune  defense  system  must  be  used  or  steps  must  be  taken  to  modify 
the  new  cell  line  to  prevent  rejection  of  the  tissue. 

The  challenge  in  growing  artificial  tissue  is  to  get  the  cells  to  organize 
themselves  as  they  would  in  a  living  system.  The  first  step  in  accomplishing 
this  objective  is  to  provide  a  suitable  scaffold  (or  the  cells  to  grow  on,  one  that 
will  keep  them  in  contact  with  each  other  and  allow  them  to  organize.  Such  a 

scaffold  must  be  biocompatible;  cells  must  adhere  to  the  scaffold  and  differenti- 
ate (that  is,  develop  into  cells  of  different  types)  as  the  culture  grows.  The  scaf- 

folding must  also  be  mechanically  strong  and  biodegradable. 

The  most  successful  scaffolds  have  been  lactic  acid — glycolic  acid  copoly- 
mers. Formation  of  the  copolymer  via  a  condensation  reaction  is  show  n  in 

Equation  12.8. 

▲  Figure  12.24   Artificial  skin  prepared 
for  use  as  a  skin  graft.  Burn  victims  benefit 
from  these  biocompatible  polymers. 

(  ) (  ) 
(  ) 

(  I 

o 

n  HOCH2C — OH    +    n  HOCHC— OH 
CH3 

Glycolic  acid  Lactic  acid 

-O— CH2C— O-f-CHC— O— CH2C— OfcrCHC- 

CH3  CH3 

Copolymer 

The  copolymer  has  an  abundance  of  polar  carbon-oxygen  bonds  along  the 
chain,  affording  many  opportunities  for  hydrogen-bonding  interactions.  The 
ester  linkages  formed  in  the  condensation  reaction  are  susceptible  to  hydroly- 

sis, which  is  just  the  reverse  reaction.  When  the  artificial  tissue  is  deployed  in 

the  body,  the  underlying  copolymer  scaffold  slowly  hydrolyzes  away  as  the  tis 
sue  cells  continue  to  develop  and  merge  with  adjacent  tissue.  An  example  of  a 
graft  skin  product  is  shown  in  Figure  12.24  ►. 

"Smart"  Sutures  Until  the  1970s,  if  you  had  to  go  to  the  doctor  to  get  stitch- 
es, you  later  had  to  go  back  to  get  the  stitches  removed.  Stitches  that  are  used  to 

hold  living  tissue  together  are  called  suture*.  Since  the  lu7()s,  biodegradable  su- 
tures have  been  available.  After  the  sutures  hav  e  been  applied  to  the  tissue, 

they  slowly  dissolve  away  and  do  not  release  any  harmful  by-products. 

Today's  biodegradable  sutures  are  made  out  of  lactic  acid — glycolic  acid 
copolymers,  similar  to  those  just  described,  that  slowly  hydrolyze  over  time. 

More  recently,  scientists  have  developed  what  are  colloquially  called 

"smart"  materials  for  biological  applications.  In  this  context,  "smart"  means  a 
material  that  will  reversibly  change  its  behavior  in  response  to  an  external  stim- 

ulus. For  example,  smart  eyeglasses  turn  dark  when  you  go  outside  in  the  sun, 
then  turn  light  again  when  you  go  inside.  In  the  case  of  smart  sutures,  scientists 

have  developed  a  thermoplastic  polymer  that  organizes  itself  reversibly,  via  in- 
termolecular  forces,  as  a  function  of  temperature.  The  material  shrinks  if  it  is 
heated  to  body  temperature  or  higher.  Thus,  sutures  made  from  this  material 

can  be  tied  loosely  by  the  surgeon,  and  then  after  warming  up  to  body  temper- 
ature, the  sutures  tighten  up  to  provide  the  optimum  force  (Figure  12.25  ►). 

This  polymer  was  first  made  in  2002,  and  it  is  not  on  the  market  al  the  time  of 

this  writing.  It  is  expected,  however,  that  it  will  be  very  useful  to  doctors  per- 
forming surgery  in  very  small  spaces  (for  example,  through  an  endoscope). 

▲  Figure  12.25   Programmable  polymers. 

After  being  stretched  about  200%  to  "program  i 
a  fiber  of  thermoplastic  polymer  was  formed  into 
a  loose  knot,  and  the  ends  were  fixed 
series  shows,  from  top  to  bottom,  how  the  knot 
tightens  in  20  s  when  heated  from  n 

temperature  to  40°C 
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12.4  I  Materials  for  Electronics 

We  can  use  materials  to  store  information  in  the  form  of  electrons  as  "bits,"  as  in 
the  modern  integrated  circuit.  We  can  also  use  materials  to  produce  electricity. 
The  latter  application  will  be  examined  in  more  detail  in  Chapter  20,  but  here 
we  examine  the  materials  that  underlie  modern  electronics. 

A  Figure  12.26   Photograph  of  a  Pentium 
4  processor  computer  chip  On  this  scale, 
mostly  what  you  can  see  is  the  connections 
between  transistors. 

The  Silicon  Chip 

Silicon  is  a  semiconductor  and  one  of  the  most  abundant  elements  on  Earth. 

The  semiconductor  industry  that  is  responsible  for  the  circuit- 
ry in  computers,  cell  phones,  and  a  host  of  other  devices  relies  on  silicon  wafers 

called  "chips,"  on  which  complex  patterns  of  semiconductors,  insulators,  and 
metal  wires  are  assembled  (Figure  12.26  A).  Although  the  details  of  integrated 
circuit  design  are  beyond  the  scope  of  this  book,  we  can  say  that  the  process  of 

making  chips  relies  mostly  on  chemistry. 
Silicon  is  the  semiconductor  of  choice  because  it  is  abundant  and  cheap  in 

its  raw  form  (obtained  from  sand),  it  can  be  made  99.999999999%  pure  in  high- 

ly specialized  facilities  called  "clean  rooms"  (Figure  12.27  ▼),  and  it  can  be 
grown  into  enormous  crystals  that  are  nearly  atomically  perfect.  (If  you  recall 

that  only  parts-per-million  level  of  impurities  can  change  the  conductivity  of 
silicon  bv  a  millionfold,  it  becomes  clear  why  clean  rooms  are  necessary.  In  ad- 

dition, the  individual  units  that  make  up  integrated  circuits  are  about  100  nm 
wide,  which  makes  them  about  the  size  of  an  individual  virus  particle  and 
quite  a  bit  smaller  than  ordinary  dust  particles.  Thus,  to  an  integrated  circuit,  a 
dust  particle  looks  like  a  boulder.)  Other  major  advantages  of  silicon  are  that  it 
is  nontoxic  (compared  to  GaAs,  its  closest  competitor)  and  its  surface  can  be 

chemically  protected  by  SiCK  the  natural  product  of  its  reaction  with  air.  SiC>2 
is  an  excellent  insulator  and  its  atoms  are  in  excellent  registry  with  the  underly- 

ing silicon  substrate,  which  means  it  is  easy  to  grow  crystalline  layers  of  SiO^ 
on  top  of  Si.  The  basic  unit  of  the  integrated  circuit,  the  transistor,  requires  a 

metal/insulator  "gate"  between  a  semiconductor  "source"  and  a  semiconduc- 
tor "drain."  Electrons  move  from  the  source  to  the  drain  when  voltage  is  ap- 

plied to  the  gate.  That  silicon's  naturally  occurring  oxide  is  a  very  chemically 
stable  insulator  is  a  huge  benefit  to  silicon  technology. 

►  Figure  12.27   Making  silicon  chips. 
IBM's  clean  room  for  the  fabrication  of  300  mm 
silicon  wafers,  in  East  Fishkill,  New  York. 
Tom  Way/Courtesy  of  International  Business 
Machines  Corporation.  Unauthorized  use  not 
permitted. 
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A  CLOSF.R  LOOK     The  Transistor 

n  he  transistor  is  the  heart  of  integrated  circuits.  By  applying 
J.  a  small  electric  charge,  it  controls  the  How  of  a  substantially 
larger  current.  Therefore,  the  transistor  not  only  controls  infor- 

mation flow  in  the  form  of  electrons,  it  also  amplifies  the  signal. 
One  common  type  ol  transistor  is  the  YIOSFI  I,  which 

stands  for  metal-oxide-semiconductor  field-effect  transistor.  The 
design  of  a  MOST  I  T  is  shown  111  Figure  1 2.28  ▼.  A  piece  of  sil- 

Gate  Dram 
e 

Source ■  oxide 

▲  Figure  12.28   Design  of  a  basic  MOSFET.  The  substrate  is  greenish 
blue,  the  source  and  drain  are  pale  gray,  the  channel  is  blue,  and  the  gate  oxide 
is  pale  brown.  The  blue  lines  and  gray  cylinders  represent  metallic  contacts. 
A  small  positive  voltage  applied  to  the  gate  creates  a  positive  channel  through 
which  electrons  (red  arrows)  from  the  source  are  drawn,  and  go  into  the  drain. 

The  First  Steps  in  Making  a  Transistor: 

icon  is  p-doped  to  form  the  substrate,  and  then  patches  of  n- 
type  doping  are  created  and  connected  to  metal  w  ires.  I  he 
back  of  the  substrate  is  also  connected  to  a  metal  wire.  The  n- 
tvpe  regions  are  the  source  and  dram.  They  are  separated  by  a 

p-type  channel,  which  is  about  60  nm  long  in  a  Pentium  4 
processor.  Deposited  on  top  of  the  channel  is  theyrt/i',  an  insu- 

lating oxide — usually  SiGS,  but  it  can  also  be  silicon  nitride, 
Si^N^,  or  a  mixture  of  these  two.  In  the  Pentium  4  chip,  tin- 
oxide  layer  is  only  about  2  nm,  or  2D  atoms,  thick.  A  metal  con- 

tact is  made  to  this  oxide  gate. 
When  a  tinv  positive  charge  is  applied  to  the  gate,  electrons 

from  the  n-tvpe  source  are  drawn  into  the  channel  and  flow  to 
the  drain.  The  larger  the  charge  applied,  the  more  the  channel  is 

"opened"  and  the  greater  the  number  of  electrons  that  flow. 
I  he  reverse  situation,  in  which  the  source  and  dram  are 

p-type  and  the  channel  is  n-type,  can  also  be  made.  I  here  are 
many  other  transistor  designs. 

At  present,  the  smallest  circuit  elements  in  commercial 
ust'  cire  60  nm  wide,  as  in  the  gate  channel  length  in  MOS1  ETs. 
This  means  that  a  typical  integrated  circuit  board  holds  in  ex- 
e  ess  of  65  million  transistors  over  an  area  the  size  of  \  our  fin- 

gernail.  The  patterning  of  300-mm  commercial  silicon  wafers, 
which  are  about  the  si/e  ot  a  medium  pizza,  results  from  a  se- 

ries of  chemical  reactions  that  put  down  layers  of  thin  films  of 
semiconductor,  insulator,  and  metal  in  patterns  that  are  de- 

fined by  a  series  of  masks.  Figure  12. 29  ▼  show  s  that  the 
thickness  of  the  layers  varies  from  about  100  nm  to  3000  nm. 
I  n  the  research  laboratory,  film  thicknesses  ha\  e  been  made  as 
thin  as  several  atoms. 
Related  I  xercises:  12.47,  12.49,  12.81. 

-4  Figure  12.29   Schematic  illustration  of 
the  process  of  photolithography.  Typical  film 
thicknesses  are  200  -  600  //  m  for  the  silicon 
substrate,  80  nm  for  the  silicon  dioxide  layer; 
and  0.3  2.5  //  m  for  the  photoresist,  which  is  a 
polymer  that  cross-links  when  irradiated  with 
ultraviolet  light  so  it  will  be  chemically  resistant  to 

organic  solvents  in  the  "developer"  solution.  The 
mask  protects  parts  of  the  photoresist  from  light 
and  provides  patterning  to  the  surface  on  the 

100-nm  scale.  Commercial  silicon  chips  can 
have  as  many  as  30  layers.  Other  forms  of 
lithography  utilize  means  other  than  light  to 
pattern  the  surface  (for  example,  ion-beam 
lithography  and  electron-beam  lithography  use 

beams  of  ions  or  electrons  to  "write"  on  the surface). 

1.  Wafer  is  oxidized 

Silicon  dioxide 

Silicon 

2.  Oxidized  wafer  is  covered 
with  photoresist 

Photoresist 

L 

3.  Wafer  is  exposed  to  U  V 
light  through  a  photomask 

Ultraviolet  radiation 

1  1  Mask 

4.  Unexposed  photoresist  is 
dissolved  in  developer  solution 

5.  Oxide  now  unprotected  by 

photoresist  is  etc  bed  awav 
in  hydrofluoric  acid 

6.  I  he  res)  of  the  photoresist 
is  remov  ed;  water  is  now 
ready  for  doping 
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▲  Figure  12.30   Electricity  from  sunlight. 
Top:  A  solar  cell  is  formed  by  the  junction  of  n- 
type  and  p-type  silicon.  Sunlight  (which  includes 
photons  with  a  larger  energy  than  silicon's  band 
gap  energy)  promotes  electrons  from  the  n-type 
side  into  the  p-type  side,  and  the  resulting  current 
can  be  used  to  power  devices.  Bottom:  Solar 
panels,  made  of  silicon,  are  used  both  as  an 
energy  source  and  as  architectural  elements  in 
this  apartment  building  in  southern  California. 

Plastic  Electronics 

Silicon's  success  has  not  stopped  scientists  from  trying  to  find  other  materials  to 
use  in  electronic  devices.  Polymers  that  have  structures  like  those  shown  in  Table 
12.4  have  somewhat  delocalized  electrons  in  their  tt  bonds,  and  it  was  found  in 

the  1970s  that  certain  polymers  with  delocalized  electrons  are  semiconductors. 

The  discoverers  of  "organic  semiconductors" — Alan  J.  Hetger,  Alan  G.  MacDi- 
armid,  and  Hideki  Shirakawa — were  awarded  the  Nobel  Prize  in  Chemistry  in 
2000.  Currently  researchers  are  exploring  these  and  related  materials  for  organic 

transistors  that  might  be  lighter  and  more  physically  flexible  than  silicon-based 
devices.  At  present,  these  polymers  are  not  as  robust  as  silicon,  and  their  use  in  in- 

tegrated circuits  is  still  under  development.  However,  their  optical  properties  are 

very  promising  for  flat-screen  displays  and  other  applications  (Section  12.5). 

y    GIVE  IT  SOME  THOUGHT 

Which  do  you  think  is  more  likely  to  show  semiconducting  behavior-a  short  poly- 
mer or  a  long  one? 

Solar  Energy  Conversion 

The  magnitude  of  the  band  gap  for  semiconductors  is  ~50  kj/mol  to  -300  kj/mol 

(Table  12.1 ) — just  into  the  range  of  the  bond-dissociation  energies  for  single  chem- 
ical bonds — and  corresponds  to  photon  energies  of  infrared,  visible,  and  low- 

energy  ultraviolet  light.  Thus,  if  you  shine  light  of  the 

appropriate  wavelength  on  a  semiconductor,  you  will  promote  electrons  to  the 
conduction  band  and  make  the  material  more  conductive.  This  property,  known 
as  photoconductivity,  is  essential  for  many  solar  energy  conversion  applications. 

Solar  energy  conversion  became  a  very  active  area  of  research  at  the  time  of 

the  energy  crisis  in  the  mid-1970s.  Silicon  in  its  cheaper  noncrystalline  form  is 

used  to  make  solar  energy  conversion  panels  (Figure  12.30  A).  Silicon's  small 
band  gap  is  able  to  capture  most  photons  from  the  sun,  causing  electrons  to  be 
promoted  from  the  valence  band  to  the  conduction  band.  These  electrons  then 
provide  an  electric  current  when  wired  into  an  electrical  circuit.  At  present, 
solar  energy  conversion  is  not  a  practical  way  of  generating  electricity  for 

everyday  use  because  of  the  low  efficiency  of  the  process.  Not  only  is  continu- 
ous sunshine  needed,  but  the  best  efficiencies  are  about  10%  for  converting  one 

photon  of  solar  energy  into  one  usable  electron. 

TiCs  is  another  commercially  viable  solar  energy  conversion  material  be- 
cause it  is  cheap  and  abundant.  However,  its  band  gap  is  nearly  three  times  that 

of  silicon  (Table  12.1).  As  a  result,  it  is  able  to  absorb  only  ultraviolet  photons, 
and  its  use  in  solar  energy  conversion  is  more  limited. 

12.5  |  Materials  for  Optics 

Many  materials  are  valuable  for  their  optical  properties;  two  important  exam- 
ples are  light-emitting  diodes  (LEDs)  and  liquid  crystal  displays  (LCDs).  LEDs 

are  made  of  semiconductors,  and  LCDs  are  made  of  small  organic  molecules 
that  arrange  themselves  in  an  organized  fashion  either  spontaneously  or  when 

a  small  voltage  is  applied.  In  this  section  we  will  discuss  the  molecular  princi- 
ples that  give  these  materials  their  special  optical  properties. 

Liquid  Crystals 

When  a  solid  is  heated  to  its  melting  point,  the  added  thermal  energy  over- 
comes the  intermolecular  attractions  that  provide  molecular  order  to  the  solid. 

The  liquid  that  forms  is  characterized  by  random  molecular 
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(a) 

orientations  and  considerable  mole<  ul.ir  motion,  and  the 

molecules  are  not  ordered  at  all  (zero  dimensional  order). 

Some  substances,  however,  exhibit  more  complex  behav- 
ior as  their  solids  are  heated.  Instead  ot  the  three- 

dimensional  order  that  characterizes  a  crystalline  solid, 

these  substances  exhibit  phases  that  have  one-  or  two- 
dimensional  order,  meaning  that  the  molecules  line  up  so 

that  they  point  in  one  direction  (one-dimensional  order) 
or  are  arranged  in  layers  (two-dimensional  order). 

In  1888  Frederick  Reinit/er,  an  .Austrian  botanist,  dis- 

covered that  an  organic  compound  he  was  studying,  choles- 
teryl  benzoate,  has  interesting  and  unusual  properties. 
When  heated,  the  substance  melts  at  1 4^  C  to  form  a  vis- 

cous milky  liquid;  at  179  C  the  milky  liquid  suddenly  becomes  clear.  When  the 
substance  is  cooled,  the  reverse  processes  oc<  ur:  The  c  lear  liquid  turns  viscous  and 

milky  at  179°C  (Figure  12.31  ►)  and  the  milky  liquid  solidities  at  145  C.  Reinitzer's 
work  represents  the  first  systematic  report  ot  what  we  now  call  a  liquid  crystal. 

Instead  of  passing  directly  from  the  solid  to  the  liquid  phase  when  heated, 

some  substances,  such  as  cholesteryl  benzoate,  pass  through  an  intermediate  liq- 
uid crystalline  phase  that  has  some  of  the  structure  of  solids  and  some  ot  the 

freedom  of  motion  possessed  by  liquids.  Because  ol  the  partial  ordering,  liquid 
crystals  may  be  very  viscous  and  possess  properties  intermediate  between  those 
of  the  solid  and  liquid  phases.  The  region  in  w  hich  they  exhibit  these  properties 

is  marked  by  sharp  transition  temperatures,  as  in  Reinitzer's  example. 
From  the  time  of  their  discovery  in  1888  until  about  30  years  ago,  liquid 

crystals  were  largely  a  laboratory  curiosity  I  hey  are  now  widely  used  as  pres- 
sure and  temperature  sensors  and  in  the  displays  of  electrical  dev  ices  such 

as  digital  watches,  calculators,  and  laptop  and  handheld  computers 

(Figure  12.32  ►).  Liquid  crystals  can  be  used  for  these  applications  because  the 
weak  intermolecular  forces  that  hold  the  molecules  together  in  a  liquid  crystal 

are  easily  affected  by  changes  in  temperature,  pressure,  and  electric  fields. 

Types  of  Liquid  Crystalline  Phases 

Substances  that  form  liquid  crystals  are  often  composed  ot  long,  rodlike  mole- 
cules. In  the  normal  liquid  phase  these  molecules  are  oriented  randomly 

[Figure  12.33(a)  ▼].  Liquid  crystalline  phases,  h\  contrast,  exhibit  some  order- 
ing of  the  molecules.  Depending  on  the  nature  ot  the  ordering,  liquid  crystals 

can  be  classified  as  nematic,  smectic,  or  cholesteric. 

In  the  nematic  liquid  crystalline  phase  the  molecules  exhibit  one- 
dimensional  ordering.  The  molecules  are  aligned  along  their  long  axes,  but 

there  is  no  ordering  with  respect  to  the  ends  of  the  molecules  [Figure  12.33(b)]. 
The  arrangement  of  the  molecules  is  like  that  ol  a  handful  ol  pencils  w  hose 

! 

(b) 
▲  Figure  12.31    Liquid  and  liquid  crystal. 
(a)  Molten  cholesteryl  benzoate  at  a  temperature 
above  179°C  In  this  temperature  region  the 
substance  is  a  clear  liquid  Note  that  the  printing 
on  the  surface  of  the  beaker  in  back  of  the  sample 
test  tube  is  readable,  (b)  Cholesteryl  benzoate  at  a 

temperature  between  179°C  and  its  melting  point, 
145°C.  In  this  temperature  interval  cholesteryl 
benzoate  exists  as  a  milky  liquid  crystalline  phase 

▲  Figure  12.32  A  handheld  wireless 
device  with  liquid  crystal  display.  LCD 
be  made  very  thin  and  light. 

j  | 

(a)  Normal  liquid (b)  Nematic 
liquid  crystal 

(c)  Smectic  A liquid  crystal 

▲  Figure  12.33   Ordering  in  liquid  crystalline  phases  and  a  normal  (non-liquid  crystalline)  liquid.  The  orderin 
forces.  Smectic  A  and  smectic  C  phases  are  both  smectic  phases;  they  differ  in  the  angles  that  the  molecules  make  with  respect 
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ChLO 

CH  = 

C4H9 

21-47°C 

CH3(CH2)7  —  O 

▲  Figure  12.34  Structures  and  liquid 
crystal  temperature  intervals  of  two  typical 
liquid  crystalline  materials.  The  temperature 
interval  indicates  the  temperature  range  in  which 
the  substance  exhibits  liquid  crystalline  behavior. 

108-147C 

ends  are  not  aligned.  In  the  smectic  liquid  crystalline  phases  the  molecules  ex- 
hibit two-dimensional  ordering;  the  molecules  are  aligned  along  their  long  axes 

and  in  layers  [Figure  12.33(c,  d)]. 
Two  molecules  that  exhibit  liquid  crystalline  phases  are  shown  in 

Figure  12.34  A.  These  molecules  are  long  compared  to  their  thicknesses.  The 

C  =  N  double  bond  and  the  benzene  rings  add  rigidity  to  the  chainlike  mole- 
cules. The  flat  benzene  rings  also  help  the  molecules  stack  with  one  another.  In 

addition,  many  liquid  crystalline  molecules  contain  polar  groups  that  give  rise 

to  dipole-dipole  interactions  and  promote  alignment  of  the  molecules. 
Thus,  the  molecules  order  themselves  quite  naturally  along 

their  long  axes.  They  can,  however,  rotate  around  their  axes  and  slide  parallel 

to  one  another.  In  smectic  phases  the  intermolecular  forces  between  the  mole- 

cules (such  as  London  dispersion  forces,  dipole-dipole  attractions,  and  hydro- 
gen bonding)  limit  the  ability  of  the  molecules  to  slide  past  one  another. 

*   Figure  12.35  Ordering  in  a  cholesteric 
liquid  crystal,  (a)  The  molecules  in  successive 
layers  are  oriented  at  a  characteristic  angle  with 
respect  to  those  in  adjacent  layers  to  avoid 
repulsive  interactions,  (b)  The  result  is  a 
screwlike  axis. 

▼  Figure  12.36  Color  change  in  a 
cholesteric  liquid  crystalline  material  as  a 
function  of  temperature. 

Cholesteric  structure 

(a) (b) 

Figure  12.35  A  shows  the  ordering  of  the  cholesteric  liquid  crystalline 
phase.  The  molecules  are  aligned  along  their  long  axes  as  in  nematic  liquid 

crystals,  but  they  are  arranged  in  layers  with  the  molecules  in  each  plane  twist- 
ed slightly  in  relation  to  the  molecules  in  the  planes  above  and  below.  These  liq- 
uid crystals  are  so  named  because  many  derivatives  of  cholesterol  adopt  this 

structure.  The  spiral  nature  of  the  molecular  ordering  produces  unusual  color- 
ing patterns  with  visible  light.  Changes  in  temperature  and  pressure  change  the 

order  and  hence  the  color  (Figure  12.36  A).  Cholesteric  liquid  crystals  have 
been  used  to  monitor  temperature  changes  in  situations  where  conventional 

methods  are  not  feasible.  For  example,  they  can  detect  hot  spots  in  microelec- 
tronic circuits,  which  may  signal  the  presence  of  flaws.  They  can  also  be  fash- 
ioned into  thermometers  for  measuring  the  skin  temperature  of  infants. 



SAMPLE  EXERCISE  12.3  |  Properties  of  Liquid  Crystals 

Which  of  the  following  substances  is  most  likely  to  exhibit  liquid  crystalline 
behavior? CI  1 1 

CH3— CI  I2— C— CI  I2— (  1 1 , 

<  1 1 

(iii) 

Solution 

Analyze:  We  have  three  molecules  of  differing  molec  ular  stria  hue,  and  we  are  asked 
to  determine  whether  any  of  them  is  likely  to  be  .i  liquid  crystalline  substance. 
Plan:  We  need  to  identify  the  structural  features  of  each  case  that  might  induce  liq- 

uid crystalline  behavior. 
Solve:  Molecule  (i)  is  not  likely  to  be  liquid  crystalline  because  it  does  not  have  a 
long  axial  structure.  Molecule  (iii)  is  ionic;  the  generally  high  melting  points  ol  ionic 
materials  and  the  absence  of  a  characteristic  long  axis  make  it  unlikely  that  this  sub- 

stance will  exhibit  liquid  crystalline  behavior.  Molecule  (ii)  possesses  the  characteris- 
tic long  axis  and  the  kinds  of  structural  features  that  are  often  seen  in  liquid  crystals 

(Figure  12.34). 

■  PRACTICE  EXERCISE 

Suggest  a  reason  why  the  following  molecule,  decane,  does  not  exhibit  liquid  crys- 
talline behavior: 

CH.CH:CH2CH2CH2CH;CH:CH:CH:C  H  , 

Answer:  Because  rotation  can  occur  about  carbon-carbon  single  bonds,  molecules 
whose  backbone  consists  of  C  —  C  single  bonds  are  too  flexible;  the  molecules  tend  to 
coil  in  random  ways  and  thus  are  not  rodlike. 

Semiconductor  Light-Emitting  Diodes 

Light-emitting  diodes  (LEDs)  ore  used  as  displays  in  clocks,  taillights  in  some 
cars,  as  traffic  lights,  and  in  many  other  places.  Most  LEDs  that  are  red  are 

made  of  a  mixture  of  Go  As  and  GaP.  They  contain  different  proportions  of  I' 
and  As  to  tune  the  band  gap  of  the  mate-rial  (Table  12.1 ).  C  ireen  LEDs  are  now 

on  the  market,  and  blue  ones  are  beginning  to  appeal-  in  consumer  products  as 
well.  The  mechanism  by  which  LEDs  work  is  the  opposite  of  the  mechanism 

operating  in  solar  energy  conversion  devices.  In  an  LED,  a  small  voltage  is  ap- 
plied to  a  semiconductor  device  that  has  a  junction  between  an  n-type  semicon- 

ductor and  a  p-type  semiconductor.  The  junction  forms  an  n-p  diode,  in  which 
electrons  can  flow  only  one  vvav.  When  a  voltage  is  applied,  electrons  in  the 
conduction  band  from  the  n-side  are  forced  to  combine  at  the  junction  with 

the  holes  from  the  p-side  to  emit  light  whose  photons  have  energy  equal  to  the 
band  gap. 
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CHEMISTRY  AT  WORK  |  Liquid  Crystal  Displays 

Liquid  crystals  are  widely  used  in  electrically  controlled 
LCD  devices  in  watches,  calculators,  and  computer 

screens,  as  illustrated  in  Figure  12.12.  These  applications  are 

possible  because  an  applied  electrical  field  changes  the  orien- 
tation of  liquid  crystal  molecules  and  thus  affects  the  optical 

properties  of  the  device. 

LCDs  come  in  a  variety  of  designs,  but  the  structure  illus- 
trated in  Figure  12.37  T  is  typical.  A  thin  layer  (5-20 /am)  of 

liquid  crystalline  material  is  placed  between  electrically  con- 
ducting, transparent  glass  electrodes.  Ordinary  light  passes 

through  a  vertical  polarizer  that  permits  light  in  only  the  ver- 
tical plane  to  pass.  Through  a  special  process  the  liquid  crystal 

molecules  are  oriented  so  that  the  molecules  at  the  front  plate 
are  oriented  vertically  those  at  the  bottom  plate  horizontally. 
The  molecules  in  between  vary  in  orientation  in  a  regular  way, 
as  shown  in  Figure  12.37.  Displays  of  this  kind  are  called 

"twisted  nematic."  The  plane  of  polarization  of  the  light  is 
turned  by  90°  as  it  passes  through  the  device,  and  it  is  thus  in 

the  correct  orientation  to  pass  through  the  horizontal  polariz- 
er. In  a  watch  display  a  mirror  reflects  the  light  back,  and  the 

light  retraces  its  path,  allowing  the  device  to  look  bright. 
When  a  voltage  is  applied  to  the  plates,  the  liquid  crystalline 
molecules  align  with  the  voltage  [Figure  12.37(b)].  The  light 

rays  thus  are  not  properly  oriented  to  pass  through  the  hori- 
zontal polarizer,  and  the  device  appears  dark. 

Computer  screens  employ  backlighting  rather  than  reflected 
light,  but  the  principle  is  the  same.  The  computer  screen  is  divid- 

ed into  a  large  number  of  tiny  cells,  with  the  voltages  at  points  on 
the  screen  surface  controlled  by  transistors  made  from  thin  films 

of  amorphous  silicon.  Red-green-blue  color  filters  are  employed 
to  provide  full  color.  The  entire  display  is  refreshed  at  a  frequen- 

cy of  about  60  Hz,  so  the  display  can  change  rapidly  with  respect 
to  the  response  time  of  the  human  eye.  Displays  of  this  kind  are 
remarkable  technical  achievements,  based  on  a  combination  of 
basic  scientific  discovery  and  creative  engineering. 
Related  Exercises:  12.60,  12.72,  12.76. 

(a) 
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Voltage  off  (bright) 

Liquid  crystal 
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Common 
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Liquid  crystal 

Voltage  on  (dark) 

Horizontal 

polarizer 

Reflector 

<  Figure  12.37   Schematic  illustration  of 
the  operation  of  a  twisted  nematic  liquid 
crystal  display  (LCD).  <a)  Ordinary  light,  which 
is  unpolarized,  passes  through  the  vertical 
polarizer.  The  vertically  polarized  light  then 
passes  into  the  liquid  crystalline  layer,  where  the 

plane  of  polarization  is  rotated  90°.  It  passes 
through  the  horizontal  polarizer,  is  reflected,  and 
retraces  its  path  to  give  a  bright  display,  (b)  When 
a  voltage  is  applied  to  the  segment  electrode  that 
covers  the  small  area,  the  liquid  crystal  molecules 
align  along  the  direction  of  the  light  path.  Thus, 

the  vertically  polarized  light  is  not  turned  90°  and 
is  unable  to  pass  through  the  horizontal  polarizer. 
The  area  encompassed  by  the  small  transparent 
segment  electrode  therefore  appears  dark.  Digital 
watches  typically  have  such  displays. 

animation  LEDs  are  manufactured  by  laying  down  thin  layers  of  n-type  and  p-type 
Optical  Activity  semiconductors  on  a  transparent  substrate  (Figure  12.38  ►).  The  reactants  for  a 

GaAs  layer,  for  example,  are  typically  gas-phase  Ga(CH3)3  and  AsH3.  In  the 
process  known  as  chemical  vapor  deposition  (CVD),  Ga(CH3)3  and  AsH3  in  the  gas 
phase  are  let  into  a  chamber  where  a  hot  substrate  is  located.  The  gas  molecules 

are  deposited  on  the  hot  surface  (1000°C  is  typical)  and  react  to  form  GaAs  as  a 
solid  thin  film  on  the  surface  and  a  gaseous  by-product,  CH4. 

9 GIVE  IT  SOME  THOUGHT 

Write  a  balanced  chemical  equation  for  the  reaction  of  Ga(CH3)3  and  AsH3  to  make 
GaAs. 

Recently,  organic  polymers  have  been  used  to  make  an  organic  version  of 
LEDs,  and  these  are  called  organic  LEDs,  or  OLEDs.  The  basic  idea  is  the  same 
as  with  LEDs:  Electrons  and  holes  are  forced  to  combine  at  a  junction  region  to 
emit  light  of  an  energy  that  matches  the  band  gap.  The  types  of  polymers  used 
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<  Figure  12.38   Design  of  a 
semiconductor  light-emitting 
diode  (LED).  Top:  Voltage  is  applied 

to  a  p-n  junction.  The  holes  from  the 
p-side  are  forced  to  combine  with  the 
electrons  from  the  n-side,  and  light  of 
band  gap  energy  is  emitted  at  the 
junction  Bottom:  Photograph  of  a 
blue  LED  made  of  indium  gallium 
nitride. 

in  OLEDs  are  shown  in  Figure  12.39  ►.  I  he  advantages  of  OLEDs  over  tradi- 
tional LEDs  are  that  OLEDs  are  lighter  and  more  flexible  and  they  may  be 

brighter  and  more  energy-efficient.  Digital  cameras  that  have  OLED  color  dis- 
plays appeared  on  the  market  in  2003. 

▲  Figure  12.39   Structures  of  two 
polymers  commonly  used  in  organic  light- 
emitting  diodes  (OLEDs),  poly  (phenylene 
vinylene)  (top)  and  polyfluorene  (bottom). 
Ri  and  R2  can  be  many  different  organic  groups 

12.6  |  Materials  for  Nanotechnology  

The  prefix  "nano"  means  10   .  When  people  speak  of  "nano- 
technology," they  usually  mean  making  devices  that  are  on  the  1-100-nm  scale. 

It  turns  out  that  the  properties  of  semiconductors  and  metals  change  in  this  size 

range.  Nanomaterials — materials  that  have  dimensions  on  the  1-100-nm 

scale — are  under  intense  investigation  in  the  research  laboratories  of  chemists, 
other  scientists,  and  engineers. 

Semiconductors  on  the  Nanoscale 

Look  back  at  Figure  12.1.  The  pictures  we  hav  e  drawn  of  electron  energy  lev  els 
for  molecules  and  bulk  solids  are  clear:  Electrons  are  in  discrete  orbitals  for  indi- 

vidual molecules  and  in  delocali/ed  bands  for  solids.  Let  us  think  about  the 

semiconductor  silicon.  Atomic  silicon  has  an  electron  configuration  of 

Is  2s  2p  3s  3p  .  We  could  imagine  bonding  two  silicon  atoms 
together  to  make  an  SL  molecule.  This  molecule,  then,  would  have  molecular 

orbitals.  We  could  imagine  taking  two  Si 2  molecules  and  mak- 
ing an  Si4  molecule,  and  then  making  even  larger  Sin  molecules.  At  w  hat  point 

does  a  molecule  get  so  large  that  it  starts  behaving  as  though  it  has  delocalized 
bands,  not  localized  molecular  orbital  bonds,  tor  its  electrons?  lor  semiconduc- 

tors, both  theory  and  experiment  now  tell  us  that  the  answer  is  roughly  at  I  to 

10  nm  (about  10-100  atoms  across).  The  exact  number  depends  on  the  specific 
semiconductor  material.  The  equations  of  quantum  mechanics  that  were  used 

for  electrons  in  atoms  can  be  applied  to  electrons  (and  holes)  in  semiconductors 
to  estimate  the  size  at  which  unusual  effects  occur  because  of  the  crossover  from 

bonds  to  bands.  Because  these  effects  become  important  at  I  to  10  nm,  semicon- 
ductor particles  with  diameters  in  this  size  range  are  called  quantum  dots. 
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▲  Figure  12.40  Cd5P2  powders  with 
different  particle  sizes.  The  arrows  indicate 
increasing  particle  size  and  a  corresponding 
decrease  in  the  band  gap  energy,  so  that  the 
material  looks  white  (smallest  nanoparticles), 
yellow,  red,  and  finally  black  (the  largest 
nanoparticles). 

▲  Figure  12.41  Semiconductor 
nanoparticles  of  CdS  of  different  sizes.  When 
illuminated  with  ultraviolet  light,  these  solutions  of 
semiconductor  nanoparticles  emit  light  that 
corresponds  to  their  respective  band  gap  energies. 
Reprinted  with  permission  from  Anal  Chem., 
October  1,  2002  ,  74(19),  pp.  VOA  VbA 
c  Copyright  2002  American  Chemical  Society. 

One  of  the  most  spectacular 
effects  is  that  the  band  gap  of  the 

semiconductor  changes  substan- 

tially with  size  in  the  l-l()-nm 
range.  As  the  particle  gets  small- 

er, the  hand  gap  gets  bigger.  This 
effect  is  easily  seen  by  the  naked 

eye,  as  shown  in  Figure  12.40  < 
On  the  macro  level,  the  semicon- 

ductor cadmium  phosphide  looks 
black  because  its  band  gap  is 

small,  and  it  absorbs  most  wave- 

lengths of  visible  light.  As  the 

particle  is  made  smaller,  the  ma- 
terial progressively  changes  color 

until  it  looks  white!  It  looks  white 

because  now  no  visible  light  is  ab- 
sorbed. I  he  band  gap  is  so  large 

that  only  high-energy  ultraviolet 
light  can  excite  electrons  to  the 
conduction  band. 

Making  quantum  dots  is  most  easily  accomplished  using  chemical  reac- 
tions in  solution.  For  example,  to  make  CdS,  you  can  mix  Cd(NO^)2  and  Na2S 

in  water.  If  you  don't  do  anything  else,  you  will  precipitate  large  crystals  of 
CdS.  However,  if  you  add  a  negatively  charged  polymer  to  the  water  first 

(such  as  polyphosphate,  — (OPOn),, — ),  the  Cd  will  associate  with  the 

polymer,  like  tiny  "meatballs"  in  the  polymer  "spaghetti."  When  sulfide  is 
added,  CdS  particles  grow,  but  are  kept  from  forming  large  crystals  by  the 

polymer.  A  great  deal  of  fine-tuning  of  reaction  conditions  is  necessary  to 
produce  nanocrystals  that  are  of  uniform  size  and  shape. 

We  saw  in  Section  12.5  that  semiconductors  can  emit  light  when  a  volt- 

age is  applied.  They  can  also  emit  light  if  illuminated  by  light  that  has  pho- 
ton energies  of  the  band  gap  (or  higher).  An  electron  from 

the  valence  band  first  absorbs  a  photon  and  is  promoted  to 
the  conduction  band.  This  excited  electron  can  then  emit  a 

photon  having  an  energy  equal  to  the  band  gap  energy 
and  fall  back  down  into  the  hole.  In  the  case  of  quantum 
dots,  the  band  gap  is  tunable  with  particle  size,  and  thus 
all  the  colors  of  the  rainbow  can  be  obtained  from  just  one 

material  (Figure  12.41  A).  Quantum  dots  are  being  ex- 
plored for  applications  ranging  from  electronics  to  lasers 

to  medical  imaging,  because  they  are  very  bright,  very  sta- 
ble, and  small  enough  be  taken  up  by  living  cells,  even 

after  being  coated  with  a  biocompatible  surface  layer. 
Semiconductors  do  not  have  to  be  shrunk  down  to  the 

nanoscale  in  all  three  dimensions  to  show  new  properties. 

They  can  be  laid  down  in  relatively  large  two-dimensional 
areas  on  a  substrate,  but  be  only  a  few  nanometers  in 
thickness,  or  even  thinner,  to  make  quantum  wells. 
Quantum  wires,  in  which  the  semiconductor  wire  diameter 

is  only  a  few  nanometers  but  its  length  is  very  long,  have  also  been  made  by 

various  chemical  routes.  In  both  quantum  wells  and  quantum  wires,  mea- 
surements along  the  nanoscale  dimension(s)  show  quantum  behavior,  but 

in  the  long  dimension,  the  properties  seem  to  be  just  like  those  of  the  bulk 
material. 
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Metals  on  the  Nanoscale 

Metals  also  have  unusual  properties  on  the  1-100-nm  length  scale.  Fundamen- 

tally, this  is  because  the  mean  free  path  of  an  electron  in  a  metal  at  room  temper- 
ature is  typically  about  1-100  nm.  The  mean  free  path  of  an  electron  is  the 

average  distance  it  can  move  before  it  bumps  into  something  (another  electron, 

an  atom,  or  the  surface  of  the  metal)  and  "scatters."  So,  when  the  particle  si/e  ot 
a  metal  is  100  nm  or  less,  one  might  expect  unusual  effects  to  occur. 

In  a  way,  people  have  known  for  hundreds  of  years  that  metals  are  different 

when  they  are  very  finely  divided.  As  early  as  the  1400s,  the  makers  of  stained- 
glass  windows  knew  that  gold  dispersed  in  molten  glass  made  the  glass  a 
beautiful  deep  red  (Figure  12.42  ► ).  Much  later,  in  1S57,  Michael  Faraday 

reported  that  dispersions  of  small  particles  of  gold  could  be 

made  stable  and  were  deeply  colored — some  of  the  original  colloidal  solutions 

that  he  made  are  still  in  the  Royal  Institution  ol  Great  Britain's  Faradav  Muse- 
um in  London  (Figure  1 2.43  ► ).  We  will  examine  colloids  more  closely  in 

Section  13.6.  Gold  particles  less  than  20  nm  in  diameter  melt  at  a  far  lower  tem- 

perature than  bulk  gold,  and  between  2  and  3  nm  gold  is  no  longer  a  "noble," 
unreactive  metal;  in  this  size  range  it  becomes  chemically  active. 

At  nanoscale  dimensions,  silver  has  properties  analogous  to  those  of  gold 
in  its  beautiful  colors,  although  it  is  more  reactive  than  gold.  Currently,  there  is 
great  interest  in  research  laboratories  around  the  world  in  taking  advantage  of 

the  unusual  optical  properties  ot  metal  nanoparticles  for  applications  in  bio- 
medical imaging  and  chemical  detection. 

▲  Figure  12.42   Stained-glass  window 
from  Milan  Cathedral  in  Italy.  The  red  color  is 
due  to  gold  nanoparticles 
Fototeca  della  Veneranda  Fabbnca  del  Duomo  di 
Milano 

Carbon  Nanotubes 

We  have  already  seen  that  elemental  carbon  is  extraordinarily  interesting.  In 

its  sp3-hybridized  solid-state  form,  it  is  diamond;  in  its  sp2-hybridized  solid- 
state  form,  it  is  graphite;  in  its  molecular  form  it  is  C,l(). 
Soon  after  the  discovery  of  Ch(|,  chemists  discovered  carbon  nanotubes. 

You  can  think  of  these  as  sheets  of  graphite  rolled  up  and 

capped  at  one  or  both  ends  by  half  of  a  Ch0  molecule  (Figure  12.44  ▼).  Car- 
bon nanotubes  are  made  in  a  manner  similar  to  that  used  to  make  Cho.  Thev 

can  be  made  in  either  multhvall  or  single-zvalled  forms.  Multiwall  carbon  nan- 
otubes consist  of  tubes  within  tubes,  nested  together;  single-walled  carbon 

nanotubes  consist  of  single  tubes.  Single-walled  carbon  nanotubes  can  be 
1000  nm  long  or  even  longer,  but  are  only  about  1  nm  in  diameter.  Depend- 

ing on  how  the  graphite  sheet  is  rolled  up  and  what  its  diameter  is,  carbon 
nanotubes  can 
behave  as  either 
semiconductors 
or  metals. 

The  fact  that 
carbon  nanotubes 

can  be  made  ei- 
ther semiconduct- 

ing or  metallic 

without  any  dop- 
ing is  unique 

among  all  solid- 
state  materials, 

and  a  great  deal  of 
work  is  ongoing 
to  make  carbon- 
based  electronic 
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▲  Figure  12.43   The  solutions  of  colloidal 
gold  nanoparticles  made  by  Michael 
Faraday  in  the  1850s.  These  are  on  display  in 
the  Faraday  Museum,  London 

3-D  MODEL 

Fullerene 

4  Figure  12.44   Atomic  models  of  carbon 
nanotubes.  Left:  "Armchair'  nanotube,  which 

shows  metallic  behavior  Right  "Zigzag" nanotube,  which  can  be  eithei  semiconducting  or 
metallic,  depending  on  tube  diameter. 
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devices.  In  2003  chemists  learned  hew  to  separate  metallic  carbon  nanotubes  from 

semiconducting  ones.  Because  the  basic  elements  of  the  transistor  are  semiconduc- 
tors and  metals,  there  is  great  interest  in  building  nanoscale  electronic  circuits  using 

only  carbon  nanotubes.  The  first  report  of  a  field  effect  transistor  (FET,  related  to  the 
MOSFET)  using  a  single  carbon  nanotube  as  the  channel  appeared  in  1998. 

Carbon  nanotubes  are  also  being  explored  for  their  mechanical  properties. 

The  carbon-carbon  bonded  framework  of  the  nanotubes  means  that  the  imper- 
fections that  might  appear  in  a  metal  nanowire  of  similar  dimensions  are  near- 

ly absent.  Experiments  on  individual  carbon  nanotubes  suggest  that  they  are 
stronger  than  steel  if  steel  were  the  dimensions  of  a  carbon  nanotube.  Carbon 
nanotubes  have  also  been  spun  into  fibers  with  polymers,  adding  great 

strength  and  toughness  to  the  composite  material. 

mm  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

A  conducting  polymer  is  a  polymer  that  can  conduct  electricity.  Some  polymers  can  be 
made  semiconducting;  others  can  be  nearly  metallic.  Polyacetylene  is  an  example  of  a 
polymer  that  is  a  semiconductor.  It  can  also  be  doped  to  increase  its  conductivity. 

Polyacetylene  is  made  from  acetylene  in  a  reaction  that  looks  simple  but  is  actu- 
ally tricky  to  do: 

H— C^C— H 

Acetylene 

—  CH  =  CH  — 

-1  ii 

Polyacetylene 

(a)  What  is  the  hybridization  of  the  carbon  atoms,  and  the  geometry  around 
those  atoms,  in  acetylene  and  in  polyacetylene? 

(b)  Write  a  balanced  equation  to  make  polyacetylene  from  acetylene. 
(c)  Acetylene  is  a  gas  at  room  temperature  and  pressure  (298  K,  1.00  atm).  How 

many  grams  of  polyacetylene  can  you  make  from  a  5.00-L  vessel  of  acetylene  gas  at 
room  temperature  and  room  pressure?  Assume  acetylene  behaves  ideally,  and  that 
the  polymerization  reaction  occurs  with  100%  yield. 

(d)  Using  the  average  bond  enthalpies  in  Table  8.4,  predict  whether  the  forma- 
tion of  polyacetylene  from  acetylene  is  endothermic  or  exothermic. 

Solution 

Analyze:  For  part  (a),  we  need  to  recall  what  we  have  learned  about  sp,  sp2,  and  sp3 
hybridization  and  geometry.  5)  For  part  (b),  we  need  to  write  a  bal- 

anced equation.  For  part  (c),  we  need  to  use  the  ideal-gas  equation. 
1>  For  part  (d),  we  need  to  recall  the  definitions  of  endothermic  and  exothermic, 

and  how  bond  enthalpies  can  be  used  to  predict  overall  reaction  enthalpies. 

Plan:  For  part  (a),  we  should  draw  out  the  chemical  structures  of  the  reactant  and 
product.  For  part  (b),  we  need  to  make  sure  the  equation  is  properly  balanced.  For 
part  (c),  we  need  to  convert  from  liters  of  gas  to  moles  of  gas,  using  the  ideal-gas 
equation  ( PV  =  uRT);  then  we  need  to  convert  from  moles  of  acetylene  gas  to  moles 
of  polyacetylene  using  the  answer  from  part  (b);  then,  we  can  convert  to  grams  of 
polyacetylene.  For  part  (d),  we  need  to  recall  that  AHrxn  =  X(bond  enthalpies  of 
bonds  broken)  -  X (bond  enthalpies  of  bonds  formed). 
Solve:  (a)  Carbon  always  forms  four  bonds.  Thus,  each  C  atom  must  have  a  single 
bond  to  H  and  a  triple  bond  to  the  other  C  atom  in  acetylene.  As  a  result,  each  C  atom 
has  two  electron  domains  and  must  be  sp  hybridized.  This  sp  hybridization  also 

means  that  the  H  —  C  —  C  angles  in  acetylene  are  180°,  and  the  molecule  is  linear. 
We  can  write  out  the  partial  structure  of  polyacetylene  as  follows: 

I  I C 
c c 

H  H 
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Each  carbon  is  identical  but  now  has  three  bonding  electron  domains  that  surround 
it.  Therefore,  the  hybridization  of  each  carbon  atom  is  sp  ,  and  each  carbon  has  local 
trigonal  planar  geometry,  with  120  angles. 

(b)  We  can  write: 

ttC2H2(g)   >  -fCH=CH-b 

Note  that  all  atoms  originally  present  in  acetylene  end  up  in  the  polyacetylene 
produ<  t. 

(c)  We  can  use  the  ideal-gas  equation  as  follows: 
I'V  -  nRT 

(1.00  atm)(5.00  I.)  =  »(().0X20h  L  atm/K  mol)(298  K) 
n  =  0.204  mol 

Acetylene  has  a  molar  mass  of  26.0  g  mol;  therefore,  the  mass  of  0.204  mol  is 

(0.204  mol)(26.0  g/mol)  =  5.32  g  acetylene 

Note  that  from  the  answer  to  part  (b),  all  the  atoms  in  acetylene  go  into  polyacety- 
lene. Due  to  conservation  of  mass,  then,  the  mass  of  polyacetylene  produced  must 

also  be  5.32  g,  if  we  assume  KM)".,  yield. 
(d)  Let's  consider  the  case  for  n  =  1.  We  note  that  the  reactant  side  of  the  equa- 
tion in  part  (b)  has  one  C=C  triple  bond  and  two  C  —  M  single  bonds.  The  product 

side  of  the  equation  in  part  (b)  has  one  C  =C  double  bond,  one  C — C  single  bond  (to 
link  to  the  adjacent  monomer),  and  two  C  II  single  bonds.  I  herefore,  we  are  break- 

ing one  C=C  triple  bond  and  are  forming  one  C  — C  double  bond  and  one  C — C 
single  bond.  Accordingly,  the  enthalpy  change  for  polyacetylene  formation  is: 

AHrxn  =  (C—C  triple  bond  enthalpy)  -  (C=C  double  bond  enthalpy) 

-  (C  —  C  single  bond  enthalpy) 

AHrxn  =  (839kJ/mol)  -  (614kJ/mol)     (34K  kj  mol) 
=  -123  kj/mol 

Because  AH  is  a  negativ  e  number,  the  reaction  releases  heat,  and  is  exothermic. 

SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  12.1    In  this  chapter  we  con 
sider  the  classification  of  materials  according  to  their 
electronic  behavior:  metals,  semiconductors,  insulators, 

and  superconductors.  Ceramics  are  usually  insulators, 

but  surprisingly  can  also  be  superconductors  under  cer- 
tain conditions.  In  extended  solids,  bands  rather  than 

bonds  are  the  best  way  to  picture  electron  energy  levels. 
Semiconductors  and  insulators  have  an  energy  gap 
known  as  the  band  gap  between  the  tilled  valence  band 
and  empty  conduction  band.  Doping  semiconductors 
changes  their  ability  to  conduct  electricity  by  orders  of 

magnitude.  An  n-type  semiconductor  is  one  that  is  doped 
so  that  there  are  excess  electrons  in  the  conduction  band; 

a  p-type  semiconductor  is  one  that  is  doped  so  that  there 
are  excess  holes  in  the  valence  band. 

Superconductivity  involves  a  material  that  is  capa- 
ble of  conducting  an  electrical  current  without  any  appar- 
ent resistance  when  cooled  below  its  superconducting 

transition  temperature,  Tc.  Since  discovery  of  the  phe- 
nomenon in  1411,  the  number  of  known  superconducting 

materials  has  steadily  increased.  Until  recently,  however, 

all  observed  Tc  values  were  below  about  25  K.  An  impor- 

tant recent  development  is  the  discovery  of  high- 
temperature  superconductivity  in  certain  complex  ox- 

ides. Superconducting  ceramics  such  as  Ni  Ha  I  u  •(  >  are 
capable  of  superconductivity  at  temperatures  higher  than 

that  tor  any  nonceramic  superconductor.  Still  other  class- 
es of  compounds  have  been  show  n  recently  to  have  rela- 

tively high  1]  values. 

Section  12.2    Materials  are  examined  for  their  structural 

properties.  Also  explored  is  the  synthesis  ol  some  materi- 
als, both  hard  and  soft.  Polymers  are  molecules  ol  high 

molecular  mass  formed  by  joining  together  large  numbers 

of  small  molecules,  called  monomers.  In  an  addition  poly- 
merization reaction,  the  molecules  form  new  linkages 

opening  existing  bonds.  Polyethylene  forms,  tor  exam| 
when  the  carbon-carbon  double  bonds  ol  ethylene  i 

up.    In   a    condensation    polymerization  n 

monomers  are  joined  by  splitting  out  a  sin,  ilecule 
from  between  them.  The  various  kinds 

formed,  for  example,  by  removing  a  w  ait  ule  from 
between  an  amine  and  a  carboxylic  acid  >olymer  formed 
from  two  different  monomers  is  called  a  copolymer. 
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Plastics  are  materials  that  can  be  formed  into  various 

shapes,  usually  by  the  application  of  heat  and  pressure. 
Thermoplastic  pol\  huts  can  be  reshaped,  perhaps  through 
heating,  in  contrast  to  thermosetting  plastics,  which  are 
formed  into  objects  through  an  irreversible  chemical 

process  and  cannot  readily  be  reshaped.  An  elastomer  is  a 
material  that  exhibits  elastic  behavior;  that  is,  it  returns  to  its 

original  shape  following  stretching  or  bending. 
Polymers  are  largely  amorphous,  but  some  materials 

possess  a  degree  of  crystallinity.  For  a  given  chemical 
composition,  the  crystallinity  depends  on  the  molecular 

mass  and  the  degree  of  branching  along  the  main  poly- 
mer chain.  High-density  polyethylene,  for  example,  with 

little  side-chain  branching  and  a  high  molecular  mass, 

has  a  higher  degree  of  crystallinity  than  low-density 
polyethylene,  which  has  a  lower  molecular  mass  and  a 
relatively  high  degree  of  branching.  Polymer  properties 

are  also  strongly  affected  by  cross-linking,  in  which  short 
chains  of  atoms  connect  the  long  polymer  chains.  Rubber 
is  cross-linked  by  short  chains  of  sulfur  atoms  in  the 

process  called  vulcanization. 
Hard  materials  such  as  ceramics  are  inorganic  solids 

with  generally  high  thermal  stability,  usually  formed 

through  three-dimensional  network  bonding.  The  bond- 
ing in  ceramics  may  be  either  covalent  or  ionic,  and  ce- 

ramics may  be  crystalline  or  amorphous.  The  processing 
of  ceramics  generally  begins  with  formation  of  very 

small,  uniformly  sized  particles  through  the  sol-gel 
process.  The  small  particles  are  then  compressed  and 
heated  at  high  temperature.  They  coalesce  through  a 
process  known  as  sintering. 

Section  12.3  A  biomaterial  is  any  material  that  has  a 

biomedical  application.  Biomaterials  are  typically  in  con- 
tact with  body  tissues  and  fluids.  They  must  be 

biocompatible,  which  means  that  they  are  not  toxic,  nor 
do  thev  cause  an  inflammatory  reaction.  Thev  must  meet 

physical  requirements,  such  as  long-term  reliability 
strength,  and  flexibility  or  hardness,  depending  on  the 
application.  Thev  must  also  meet  chemical  requirements 
of  nonreactivity  in  the  biological  environment,  or  of 
biodegradability.  Biomaterials  are  commonly  polymers 

with  special  properties  matched  to  the  application. 

Section  12.4  The  reasons  tor  silicon's  preeminence  in 
electronics  are  its  abundance,  cheapness,  and  ability  to  be 

grown  into  highly  pure  crystals,  and  the  ability  of  its  native 

oxide  to  grow  on  it  in  perfect  registry  with  the  atoms  under- 

neath. The  design  of  the  transistor,  the  heart  of  integrated 

circuitry,  relies  on  the  junction  between  n-type  and  p-tvpe 
silicon.  Semiconductors  can  absorb  sunlight,  which  includes 

photon  energies  larger  than  its  band  gap  energy  and  the  re- 
sulting electrons  promoted  to  the  conduction  band  can  be 

measured  as  current.  This  process  is  the  basis  for  solar  ener- 
gy conversion  devices.  Polymers  that  are  semiconducting 

have  been  discovered  and  are  being  explored  as  alternatives 
to  silicon  for  plastic  electronics. 

Section  12.5  The  chemistry  behind  liquid  crystal  dis- 

plays (LCDs)  and  light-emitting  diodes  (LEDs)  is  ex- 
plored. A  liquid  crystal  is  a  substance  that  exhibits  one  or 

more  ordered  phases  at  a  temperature  above  the  melting 
point  of  the  solid.  In  a  nematic  liquid  crystalline  phase 
the  molecules  are  aligned  along  a  common  direction,  but 
the  ends  of  the  molecules  are  not  lined  up.  In  a  smectic 

liquid  crystalline  phase  the  ends  of  the  molecules  are 
lined  up  so  that  the  molecules  form  sheets.  Nematic  and 
smectic  liquid  crystalline  phases  are  generally  composed 
of  molecules  with  fairly  rigid,  elongated  shapes,  with 

polar  groups  along  the  molecules  to  help  retain  relativ  e 

alignment  through  dipole-dipole  interactions.  The 
cholesteric  liquid  crystalline  phase  is  composed  of  mol- 

ecules that  align  as  in  nematic  liquid  crystalline  phases, 

but  with  each  molecule  twisted  with  respect  to  its  neigh- 
bors, to  form  a  helical  structure. 

LEDs  consist  of  either  inorganic  or  organic  semicon- 
ductors that  have  a  junction  region  between  p-type  and 

n-type  materials.  At  the  junction,  electrons  and  holes  can 
combine  to  emit  light  of  band  gap  energy  when  a  voltage 

is  applied  to  the  device.  The  process  is  basically  the  re- 
verse of  that  for  solar  energy  conversion. 

Section  12.6  Nanotechnology  is  the  manipulation  of 

matter,  and  fabrication  of  devices,  on  the  l-100nm  scale. 
The  unusual  properties  that  semiconductors,  metals,  and 

carbon  have  on  the  size  scale  of  1-100  nm  are  explored. 

Quantum  dots  are  semiconductor  particles  with  diame- 

ters of  1-10  nm.  In  this  size  range  the  material's  band  gap 
energy  becomes  size-dependent.  Metal  nanoparticles 
have  different  chemical  and  physical  properties  in  the 

1-100-nm  size  range.  Gold,  for  example,  is  more  reactive 
and  no  longer  has  a  golden  color.  Carbon  nanotubes  are 

sheets  of  graphite  rolled  up,  and  they  can  behave  as  either 
semiconductors  or  metals  depending  on  how  the  sheet 
was  rolled.  Applications  of  these  nanomaterials  are  being 

developed  now  for  imaging,  electronics,  and  medicine. 



Visualizing  Concept: 

VISUALIZING  CONCEPTS 

12.1  Based  on  the  following  band  structures,  which  material 
is  a  metal?  [Section  1 2. 1  ] 

Material 
A 

Material 
B 

12.2  Both  of  these  materials  are  semiconductors.  Which  one 

is  more  suitable  for  solar-energy  conversion  applica- 
tions? Why?  [Section  12.1  and  12.4] 

lateri; 
X 

Material 
Y 

12.3  Shown  below  are  two  cartoons  of  two  different  polymers. 
Based  on  these  cartoons,  which  polymer  has  stronger 
intermolecular  forces?  [Section  I2.2| 

12.4  W  inch  picture  best  represents  molecules  that  are  i 

quid  crystalline  phase.1  [Section  12.5] 

(a) 

(b 

12.5  Consider  the  molecules  shown  below,  (a)  Which  of  these 

would  be  most  likely  to  form  an  addition  polvmer? 
(h)  Which  would  be  most  likely  to  form  a  condensation 

polymer?  (c)  Which  would  be  most  likely  to  form  a  li- 
quid ( r\  stal?  [Sections  12.2  and  12A| 

CN 

id 

In) 

II  O 

II 
UN— (  — C  — Ol  I 

I 
II 

(iii) 

12.6  "Moore's  law"  is  a  famous  statement  made  by  Gordon 
Moore,  founder  ot  Intel,  in  1965.  Moore's  law  savs  that  the 
complexity  of  integrated  circ  uits  (as  judged  In  the  num- 

ber of  components,  like'  transistors,  that  make  up  1  cm  of 

an  integrated  circuit)  doubles  every  year.  I  )ata  for  Moore's law  are  shown  in  the  graph  below,  in  whi(  h  the  log  ot  the 
iber  ol  ( omponents  (per  cm  )  is  plotted  per  year: 

l  I 
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(a) (b) 
As  you  can  see,  Moore  had  onl\  a  fev  i 
on  in  1965,  but  his  law  has  held  up  unli 
the  latest  Intel  processor  was  made  ol 
ponents  (and  the  log  of  410,000,000 
It  has  been  estimated  thai  20  billio        lponents  per 
square  centimeter  are  the  most  that  coul 
integrated  circuits,  using  <  urrenl  tei  i       >g\  A  hen  will 
this  occur  it  Moore's  law  holds1  [Se<  I  ons  12. 1  and  12.6] 
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EXERCISES 

Classes  of  Materials 

12.7  Classify  each  of  the  following  materials  as  metal,  semi- 
conductor, or  insulator:  (a)  GaN  (b)  B  (c)  ZnO  (d)  Pb 

12.8  Classify  each  of  the  following  materials  as  metal,  semi- 
conductor, or  insulator:  (a)  [nAs  (b)  MgO  (c)  HgS  (d)  Sn 

12.9  If  vou  want  to  dope  GaAs  to  make  an  n-type  semicon- 
ductor with  an  element  to  replace  Ga,  which  element(s) 

would  you  pick? 

12.10  If  you  want  to  dope  GaAs  to  make  a  p-type  semicon- 
ductor with  an  element  to  replace  As,  which  element(s) 

would  vou  pick? 

12.11  State  whether  each  statement  is  true  or  false,  and  why. 
(a)  Semiconductors   have   a   larger   band   gap  than 

insulators. 

(b)  Doping  a  semiconductor  makes  it  more  conductive. 
(c)  Metals  have  delocalized  electrons. 
(d)  Most  metal  oxides  are  insulators. 

12.12  State  whether  each  statement  is  true  or  false,  and  why 
(a)  A  typical  band  gap  energy  for  an   insulator  is 

400kJ/mol. 

(b)  the  conduction  band  is  higher  in  energy  than  the  va- 
lence band. 

(c)  Electrons  can  conduct  well  if  thev  are  in  a  filled  va- 
lence band. 

(d)  Holes  refer  to  empty  atomic  sites  in  a  solid  crystal. 

12.13  To  what  does  the  term  superconductivity  refer?  Why 
might  superconductive  materials  be  of  value? 

12.14  Distinguish  between  an  excellent  metallic  conductor  of 

electricity  (such  as  silver)  and  a  superconducting  sub- 
stance (such  as  Nb^Sn)  below  its  superconducting  tran- 

sition temperature. 

Materials  for  Structure 

12.19  The  structure  of  decane  is  shown  in  Sample  Exercise 
12.3.  Decane  is  not  considered  to  be  a  polymer,  whereas 
polyethylene  is.  What  is  the  distinction? 

12.20  What  is  a  monomer?  Give  three  examples  of  monomers, 
taken  from  the  examples  given  in  this  chapter. 

12.21  An  ester  is  a  compound  formed  by  a  condensation  reac- 
tion between  a  carboxylic  acid  and  an  alcohol.  Use  the 

index  to  find  the  discussion  of  esters  in  Chapter  25,  and 
give  an  example  of  a  reaction  forming  an  ester.  How 
might  this  kind  of  reaction  be  extended  to  form  a  poly- 

mer (a  polyester)? 
12.22  Write  a  chemical  equation  for  formation  of  a  polymer 

vi<i  ,i  condensation  reaction  from  the  monomers  succinic 

acid  (HOOCCH2CH2COOH)  and  ethylenediamine 
(H2NCH2CH2NH2). 

12.23  Draw  the  structure  of  the  monomer(s)  employed  to 
form  each  ol  the  following  polymers  shown  in  Table 

12.4:  (a)  polyvinyl  chloride,  (b)  nylon  6,6,  (c)  polyethyl- 
ene terephthalate. 

12.24  Write  the  chemical  equation  that  represents  the  forma- 
tion ol  (a)  poly<  hloroprene  from  chloroprene 

12.15  The  following  graph  shows  the  resistivity  (a  measure  of 
electrical  resistance)  of  MgB2  as  a  function  of  tempera- 

ture in  the  region  from  about  4  K  to  100  K.  What  is  the 
significance  of  the  sharp  drop  in  resistivity  below  40  K? 

100  |  . 

SO 
c-  60 

<8  40 

20 o  I  1  0  20  40  60  80  100 
Temperature,  (K) 

12.16  (a)  What  is  the  superconducting  transition  temperature, 

Tt  ?  (b)  The  discovery  by  Miiller  and  Bednorz  of  super- 
conductivity in  a  copper  oxide  ceramic  at  35  K  set  off  a 

frantic  scramble  among  physicists  and  chemists  to  find 
materials  that  exhibit  superconductivity  at  higher  tem- 

peratures. What  is  the  significance  of  achieving  Tc  val- 
ues above  77  K? 

12.17  Whv  would  a  substance  that  is  an  insulator  not  be  a 

good  candidate  for  superconductivity? 
12.18  Explain  how  the  Meissner  effect  can  be  used  to  levitate 

trains.  What  can  the  tracks  and  train  wheels  be  made  of, 
and  which  one  would  be  more  likely  to  be  cooled? 

CH2=CH— C=CH2 

CI (Polvchloroprene  is  used  in  highway-pavement  seals, 
expansion  joints,  convevor  belts,  and  wire  and  cable 
jackets.);  (b)  polyacrylonitrile  from  acrylonitrile. 

CH2  =  CH 

CN 
(Polyacrylonitrile  is  used  in  home  furnishings,  craft 
yarns,  clothing,  and  many  other  items.) 

12.25  The  nylon  Nomex  ,  a  condensation  polymer,  has  the 
following  structure: 

"O  O 

Draw  the  structures  of  the  two  monomers  that  yield 

Nomex 1  . 



12.26  Proteins  ore  polymers  formed  by  condensation  reactions 
of  amino  acids,  which  have  the  general  structure 

II     K  O 

H— N— C— C— O— H 

II 

In  this  structure,  R  represents  II,  (  1 1  ,  or  another 
group  of  atoms.  Draw  the  general  structure  for  a 

polyamino  acid  polymer  formed  bv  condensation  poly- 
merization of  the  molecule  shown  here. 

12.27  In  addition  to  the  condensation  of  dicarboxylk  acids 
with  diamines,  as  shown  in  Equation  12.3,  nylons  can 
also  be  formed  by  the  condensation  reactions  of 
aminocarboxylic  acids  with  themselves.  \\  Ion  4,  tor  ex- 

ample, is  formed  by  the  polycondensation  of  4- 
aminobutyric  acid  (NH2CH2CH2(  H2COOH).  Write  a 
chemical  equation  to  show  the  formation  of  nylon  4 
from  this  monomer. 

12.28  Kevlar  ,  a  high-performance  polymer,  has  the  following 
structure: 

12.37  The  hardnesses  of  several  substances  according 
scale  known  as  the  Knoop  value  are  as  follows: 

Substance Knoop  Value 

Ag 

CaC03 

MgO 

Soda-lime 

Cr 

ZrB2 

A1203 

TaC 

rlass 

60 
135 

370 330 
935 

1 550 

2100 
2000 

Which  of  the  materials  in  this  list  would  you  classify  as 

a  ceramic?  What  were  your  criteria  for  making  this  clas- 
sification? Does  classification  as  a  ceramic  correlate  with 

Knoop  hardness?  If  you  think  it  does,  is  hardness  alone 
a  sufficient  criterion  to  determine  whether  a  substance  is 
a  ceramic?  Explain. 

12.38  Silicon  carbide,  SiC,  has  the  three-dimensional  structure 
shown  in  the  figure. 

Ml 

Write  the  structural  formulas  tor  the  two  substances  that 

are  condensed  to  form  this  polymer. 

12.29  What  molecular  features  make  a  polymer  flexible7  Ex- 
plain how  cross-linking  affects  the  chemical  and  physi- 

cal properties  of  the  polymer. 

12.30  What  molecular  structural  features  cause  high-density 
polyethylene  to  be  denser  than  low-density  polyethylene? 

12.31  Are  high  molecular  masses  and  a  high  degree  of  crys- 
tallinity  always  desirable  properties  of  a  polymer? 
Explain. 

12.32  Briefly  describe  each  of  the  follow  ing:  (a)  elastomer, 
(b)  thermoplastic,  (c)  thermosetting  plastic,  (d)  plasticizer. 

12.33  Metals,  such  as  Al  or  Fe,  and  many  plastics  an-  recyclable. 
With  the  exception  of  many  glasses,  such  as  bottle  glass, 
ceramic  materials  in  general  are  not  recyclable.  What  char- 

acteristics of  ceramics  make  them  less  readily  recyclable7 
12.34  You  have  two  solid  objects,  one  formed  from  a  ceramic 

material  and  the  other  from  a  metal,  that  look  similar  to 

each  other.  When  they  are  dropped  from  a  height  of  ten 
feet  onto  a  concrete  surface,  one  shatters  into  a  variety  of 
pieces,  some  with  sharp  edges.  The  other  suffers  a  big 
dent  and  partially  splits  in  two.  (a)  Which  one  is  likely 
to  be  the  ceramic,  and  w  hich  the  metal?  (b)  Why  do  the 
two  materials  differ  in  their  behav  ior? 

12.35  Why  is  the  formation  of  very  small,  uniformly  sized  and 

shaped  particles  important  for  many  applications  of  ce- 
ramic materials7 

12.36  Describe  the  general  chemical  steps  in  a  sol-gel  process, 
beginning  with  Zr(s)  and  CH^CHSOHf/).  Indicate 
whether  each  step  is  an  oxidation-reduction  reaction  (refer 
to  Section  4.4),  condensation  reaction,  or  other  process 

9 

Describe  how  the  bonding  and  structure  of  SiC  lead  to 
its  great  thermal  stability  (to  2700  C)  and  exceptional 
hardness. 

12.39  Ceramics  tend  to  have  high  melting  points  (2000  C  or 
more)  and  are  very  hard.  Suggest  an  explanation,  based 
on  the  structural  features  of  ceramics. 

|I2.4()|  rhe  following  poem  by  |ohn  Updike  is  an  accurate  de- 
scription of  classes  of  materials.  Read  the  poem,  and  de- 

scribe the  correlation  betw  een  w  hat  you  have  learned  in 
this  chapter  and  the  verses  of  the  poem 

The  Dance  of  the  Solids 

In/  /<>////  iljnlikc 

All  things  are  Atoms:  f  ai  th  and  Water,  Air 
And  Fire,  all,  /  )emot  ritus  foretold. 

Swiss  Paracelsus,  in's  alchemic  lair, 
Saw  Sulfur,  Salt,  and  Mercury  unfold 
Amid  Millennial  hopes  of  faking  (  iold 
Lavoisier  dethroned  Phlogiston;  then 
Molecular  Analysis  made  hold 
f  orays  into  the  gases:  I  lydrogen 
Stood  naked  in  the  dazzled  sight  ol  I  e, 

The  Solid  State,  however,  kept  its  < 
Of  Microstructure  coarsel)  v  file  I 

X-ray  diffraction  pierced  the  Crystal  Planes 
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That  rooted  the  giddy  Dance,  the  taut  Quadrille 
Where  Silicon  and  Carbon  Atoms  will 

Link  Valencies,  four-figured,  hand  in  hand 
With  common  Ions  and  Rare  Earths  to  fill 
The  lattices  of  Matter,  Glass  or  Sand, 

With  tiny  Excitations,  quantitatively  grand. 
The  Metals,  lustrous  Monarchs  of  the  Cave, 
Are  ductile  and  conductive  and  opaque 
Because  each  Atom  generously  gave 
Its  own  Electrons  to  a  mutual  Stake, 
A  Pool  that  acts  as  Bond.  The  Ions  take 

The  stacking  shape  of  Spheres,  and  slip  and  flow 
When  pressed  or  dented;  thusly  Metals  make 
A  better  Paper  Clip  than  a  Window, 
Are  vulnerable  to  Shear,  and,  heated,  brightly  glow. 

Genuine,  muddy  Queen  of  human  Arts, 
First  served  as  simple  Stone.  Feldspar  supplied 
Crude  Clay;  and  Rubies,  Porcelain,  and  Quartz 
Came  each  to  light.  Aluminum  Oxide 

Is  typical — a  Metal  is  allied 
With  Oxygen  ionically;  no  free 
Electrons  form  a  lubricating  tide. 
Hence,  Empresslike,  Ceramics  tend  to  be 
Resistant,  porous,  brittle,  and  refractory. 

Prince  Glass,  Ceramic's  son,  though  crvstal-clear, 
Is  no  wise  crystalline.  The  fond  Voyeur 
And  Narcissist  alike  devoutly  peer 
Into  Disorder,  the  Disorderer 

Being  Covalent  Bondings  that  prefer 
Prolonged  Viscosity  and  spread  loose  nets 
Photons  slip  through.  The  average  Polymer 
Enjoys  a  Glassy  state,  but  cools,  forgets 
To  slump,  and  clouds  in  closelv  patterned  Minuets. 

The  Polymers,  those  giant  Molecules, 
Like  Starch  and  Polvoxvmethvlene, 

Flesh  out,  as  protein  serfs  and  plastic  fools, 

The  Kingdom  with  Life's  Stuff.  Our  time  has  seen 
The  synthesis  of  Polvisoprene 
And  many  cross-linked  Helixes  unknown 
To  Robert  Hooke;  but  each  primordial  Bean 
Knew  Cellulose  by  heart:  Nature  alone 

Of  Collagen  and  Apatite  compounded  Bone. 

What  happens  in  these  Lattices  when  Heat 
Transports  Vibrations  through  a  solid  mass? 
T  =  3Nk  is  much  too  neat; 

A  rigid  Crystal's  not  a  fluid  Gas. 
Debye  in  1912  proposed  Elas 

Tic  Waves  called  phonons  which  obey  Max  Planck's 
Great  Quantum  Law.  Although  amorphous  Glass, 
Umklapp  Switchbacks,  and  Isotopes  play  pranks 
Upon  his  Formulae,  Debye  deserves  warm  Thanks. 
Electroconductivity  depends 
On  Free  Electrons:  in  Germanium 
A  touch  of  Arsenic  liberates;  in  blends 
Like  Nickel  Oxide,  Ohms  thwart  Current.  From 

Pure  Copper  threads  to  wads  of  Chewing  Gum 
Resistance  varies  hugely.  Cold  and  Light 

As  well  as  "doping"  modify  the  sum 
Of  Fermi  Levels,  Ion  scatter,  site 
Proximity,  and  other  factors  recondite. 

Textbooks  and  Heaven  onlv  are  Ideal; 

Solidity  is  an  imperfect  state. 
Within  the  cracked  and  dislocated  Real 
Nonstoichiometric  crystals  dominate. 
Stray  Atoms  sully  and  precipitate; 
Strange  holes,  excitons,  wander  loose;  because 
Of  Dangling  Bonds,  a  chemical  Substrate 

Corrodes  and  catalyzes — surface  Flaws 
Help  Epitaxial  Growth  to  fix  adsorptive  claws. 
White  Sunlight,  Newton  saw,  is  not  so  pure; 
A  Spectrum  bared  the  Rainbow  to  his  view. 
Each  Element  absorbs  its  signature: 
Go  acid  a  negative  Electron  to 
Potassium  Chloride;  it  turns  deep  blue, 
As  Chromium  incarnadines  Sapphire. 

Wavelengths,  absorbed,  are  reemitted  through 
Fluorescence,  Phosphorescence,  and  the  higher 
Intensities  that  deadly  Laser  Beams  require. 

Magnetic  Atoms,  such  as  Iron,  keep 
Unpaired  Electrons  in  their  middle  shell, 
Each  one  a  spinning  Magnet  that  would  leap 
The  Block  Walls  whereat  antiparallel 
Domains  converge.  Diffuse  Material 
Becomes  Magnetic  when  another  Field 
Aligns  domains  like  Seaweed  in  a  swell. 
How  nicely  microscopic  forces  yield, 

In  Units  growing  Visible,  the  World  we  wield! 
From  COLLECTED  POEMS  1953-1993  by  John  Updike, 

copyright  S  1993  bv  John  Updike.  Used  bv  permission  of 
Alfred  A.  Knopf,  a  division  of  Random  House,  Inc. 

Materials  for  Medicine 

12.41  Neoprene  is  a  polymer  of  chlorobutadiene. 

CH2=C— C=CH2 

H  CI 

The  polymer  can  be  used  to  form  flexible  tubing  that  is 
resistant  to  chemical  attack  from  a  variety  of  chemical 
reagents.  Suppose  it  is  proposed  to  use  neoprene  tubing 
as  .)  coating  for  the  wires  running  to  the  heart  from  an 
implanted  pacemaker.  What  questions  would  you  ask  to 
determine  whether  it  might  be  suitable  for  such  an 

application? 

12.42  On  the  basis  of  the  structure  shown  in  Table  12.4  for 

polystyrene  and  polyurethane,  which  of  these  two  class- 
es of  polymer  would  vou  expect  to  form  the  most  effec- 

tive interface  with  biological  systems?  Explain. 

12.43  Patients  who  receive  vascular  grafts  formed  from  poly- 

mer material  such  as  Dacron1  are  required  to  take  antico- 
agulation drugs  on  a  continuing  basis  to  prevent  blood 

clots.  Why?  What  advances  in  such  vascular  implants  are 
needed  to  make  this  precaution  unnecessary? 

12.44  Several  years  ago  a  biomedical  company  produced  and 
marketed  a  new,  efficient  heart  valve  implant.  It  was 

later  withdrawn  from  the  market,  however,  because  pa- 
tients using  it  suffered  from  severe  loss  of  red  blood 



cells.  Describe  what  properties  of  the  valve  could  have 
been  responsible  for  tins  result 

12.45  Skin  cells  from  the  body  do  not  differentiate  when  they 
are  simplv  placed  in  a  tissue  culture  medium;  that  is, 
they  do  not  organize  into  the  structure  of  skin,  with  dif- 

ferent layers  and  different  cell  types.  What  is  needed  to 
cause  such  differentiation  to  occur1  Indicate  the  most 
important  requirements  on  any  material  used. 

Materials  for  Electronics 

12.47  Explain  whv  silicon  is  the  semiconductor  of  choice  for 
integrated  circuits 

12.48  Why  is  it  important  lor  Si  crystals  to  he  99.999999999% 

pure,  as  opposed  to  99%  pure,  tor  silicon  chips1 

12.49  Look  up  the  diameter  of  a  silicon  atom,  in  A.  The  chan- 
nel length  in  a  Pentium  4  processor  chip  is  (■>()  nm  king; 

how  many  silicon  atoms  does  this  correspond  to? 
12.50  Can  you  think  of  any  applications  where  you  would 

want  electronic  circuits  to  be  made  of  a  flexible  plastic 
instead  of  a  relatively  hard  silicon  chip? 

12.51  Silicon  has  a  band  gap  of  I.I  eV  at  room  temperature. 
What  wavelength  of  light  would  a  photon  ol  this  energy 
correspond  to?  Draw  a  vertical  line  at  this  wavelength 

in  the  figure  shown,  which  shows  tin-  light  output  of  the 

Materials  for  Optics 

12.53  In  what  ways  are  a  nematic  liquid  crystalline  phase  and  an 
ordinary  liquid  the  same,  and  in  what  ways  do  they  differ? 

12.54  In  contrast  to  ordinary  liquids,  liquid  crystals  are  said  to 

possess  "order."  What  does  this  mean? 
12.55  Describe  what  is  occurring  at  the  molecular  level  as  a 

substance  passes  from  the  solid  to  the  nematic  liquid 
crystalline  to  the  isotropic  (normal)  liquid  phase  upon 
heating. 

12.56  What  observations  made  by  Reinitzer  on  cholesteryl 

benzoate  suggested  that  this  substance  possesses  a  liq- 

uid crystalline  phase1 
12.57  The  molecules  shown  in  Figure  12.14  possess  polar 

groups  (that  is,  groupings  of  atoms  that  give  rise  to  siz- 
able dipole  moments  within  the  molecules).  How  might 

the  presence  of  polar  groups  enhance  the  tendency  to- 
ward liquid  crystal  formation? 

12.58  Liquid  crystalline  phases  tend  to  be  more  \  iscous  than 

the  isotropic,  or  normal,  liquid  phase  of  the  same  sub- 
stance. Why? 

12.59  The  smectic  liquid  crystalline  phase  can  be  said  to  be  more 
highly  ordered  than  the  nematic.  In  what  sense  is  this  true? 

12.60  One  of  the  more  effective  liquid  crystalline  substances 
employed  in  LCDs  is  this  molecule. 

Materials  for  Nanotechnology 

12.65  Explain  why  "bands"  may  not  be  the  most  accurate  de- 
scription of  bonding  in  a  solid  when  the  solid  has 

nanoscale  dimensions. 

12.66  The  Nobel  Prize-winning  physicist  Richard  Feynman 

gave  a  famous  speech  in  lc»59,  entitled  "There's  Plenty  of 
Room  at  the  Bottom."  Feynman  asserted  in  his  speech  that 

12.46  It  you  were  going  to  attempt  to  grow  skin  ceil 
medium  that  affords  an  appropriate  scaffolding  foi 
cells  and  you  had  only  two  fabrics  available,  one  nade 
from    polystyrene   and    the   other   from  polvethv 
eneterephthalate  (Table  12.4),  which  would  you  choose 

for  your  experiments1  Explain. 

sun  as  a  function  ot  wavelength.  Approximately  what 
percent  ot  the  solar  spectrum  can  be  absorbed  b\ 

silicon1 

V  ̂ 

>l<ir  spectrum  outside  atmosphere 

SoLir  spectrum  tit  mm  level 

-X 

I  llrli Soltt 

2  x  10  1  •  1(1  "      1.8  >  10  "     2.6  >  10  " 
h  ■  in         I  -1  ■  in  '      2.2  -  H Wavelength,  m 

12.52  Repeat  Exercise  12.51  tor  n02  I  Table  12.1). 

/Ch2-ch2n  /H.-c,^ c  IMC  H2)2(  H=CH—  c  II  c  1 1  — c  1 1  CM— CheN \  /         \  / 
CH2— CH2  CH2— CH 

by  comparing  this  structure  with  the  structural  formulas 
and  models  shown  in  Figure  12.34,  describe  the  features  ot 
the  molecule  that  promote  its  liquid  crystalline  behavior. 

12.61  Describe  how  a  cholesteric  liquid  crystal  phase  differs 
from  a  nematic  phase. 

12.62  It  often  happens  that  a  substance  possessing  a  smectic 
liquid  crystalline  phase  just  above  the  melting  point 
passes  into  a  nematic  liquid  crystalline  phase  at  a  higher 
temperature.  Account  for  this  type  of  beha\  ior  in  terms 
of  the  ideas  developed  in  Chapter  II  relating  molecular 
energies  to  temperature. 

12.63  The  semiconductor  GaP  has  a  band  gap  ol  2.2  eV.  What 
wavelength  of  light  would  be  emitted  from  an  III) 
made  from  ( IaP? 

12.64  c  laAs  and  ( laP  make  solid  solutions  that  have  the  same 

crystal  structure  as  both  parent  materials,  w  ith  As  ami  P 
occupying  the  same  sites.  GaPvAsi  ,  exists  lor  almost 
any  value  of  \.  If  we  assume  that  the  band  gap  varies 

linearly  with  composition  between  \  U  and  1 
timate  the  band  gap  lor  Gal',  -,As,,  ;.  What  wavelength 
ot  light  does  this  correspond  to1 

if  you  could  write  lines  .is  thin  as  \2  atoms  i 
could  write  all  of  the  Encyclopedia  Britain 

of  a  pin,  about  rr  of  an  inch  in  diameter.  Is  tins  true1  I  ook 
up  or  estimate  the  number  ol  pages  in  t     I  ncy  lopedia 
(oyer  20  volumes),  the  area  ot  a  page  Hie  average  number 
of  words  on  one  page,  and  the  width  of  tl    ink  lines  in  the 

text,  and  see  how  close  you  come  to  I  evnman's  calculation. 
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12.67  True  or  false: 

(a)  The  band  gap  of  a  semiconductor  decreases  as  the 
particle  size  decreases,  in  the  1-10-nm  range. 

(b)  The  light  that  is  emitted  from  a  semiconductor,  upon 

external  stimulation,  is  longer  and  longer  in  wave- 
length as  the  particle  size  of  the  semiconductor 

decreases. 
12.68  True  or  false: 

If  you  want  a  semiconductor  that  emits  blue  light,  you 
could  either  use  a  material  that  has  a  band  gap  corre- 

sponding to  the  energy  of  a  blue  photon  or  you  could 
use  a  material  that  has  a  smaller  band  gap,  but  make  a 
nanoparticle  out  of  it  of  the  right  size. 

12.69  Cold  is  a  face-centered  cubic  structure  that  has  a  unit 

cell  edge  length  of  4. OS  A.  There  are  four  gold  atoms  per 
unit  cell.  How  many  gold  atoms  are  there  in  a  sphere- 
that  is  20  nm  in  diameter?  Recall  that  the  volume  of  a 

sphere  is  ̂  irr '. 12.70  Repeat  Exercise  12. 64  for  a  22-nm  sphere. 

Additional  Exercises 

12.71  One  major  difference  in  the  behavior  of  semiconductors 
and  metals  is  that  semiconductors  increase  their 

conductivity  as  you  heat  them  (up  to  a  point),  but  the  con- 
ductivity of  a  metal  decreases  as  you  heat  it.  Suggest  an 

explanation. 

12.72  What  properties  of  the  typical  nematic  liquid  crystalline 
molecule  are  likely  to  cause  it  to  reorient  when  it  is 

placed  in  an  electrical  field  that  is  perpendicular  to  the 
direction  of  orientation  of  the  molecules? 

12.73  Teflon'  is  a  polymer  formed  by  the  polymerization  of 
F2C  =  CF>.  Draw  the  structure  of  a  section  of  this  poly- 

mer. What  type  of  polymerization  reaction  is  required  to 
form  it? 

12.74  Classify  each  of  the  following  as  a  ceramic,  polymer,  or 

liquid  crystal. 

(a) 

CH3 

CH,  — C- 
COOCH, 

(b)  LiNbO^ 

c)  SiC 

(e)  C'hhO 

(d) 

etc 

I 

-Si— 

CH3 

N  =  N OCH: 

12.75  Ceramics  are  generally  brittle,  subject  to  crack  failure, 
and  stable  to  high  temperatures.  In  contrast,  plastics 

are  generally  deformable  under  stress  and  have  limit- 
ed thermal  stability.  Discuss  these  differences  in  terms 

of  the  structures  and  bonding  in  the  two  classes  of 
materials. 

12.76  A  watch  with  a  liquid  crystal  display  (LCD)  does  not 

function  properly  when  it  is  exposed  to  low  tempera- 
tures during  a  trip  to  Antarctica.  Explain  why  the  LCD 

might  not  function  well  at  low  temperature. 

12.77  The  temperature  range  over  which  a  liquid  possesses 

liquid  crystalline  behav  ior  is  rather  narrow  (for  exam- 
ples, see  Figure  12.34).  Why? 

12.78  Suppose  that  a  liquid  crystalline  material  such  as  choles- 
teryl  benzoate  is  warmed  to  well  above  its  liquid  crys- 

talline range  and  then  cooled.  On  cooling,  the  sample 
unexpectedly  remains  clear  until  it  reaches  a  temperature 
just  below  the  melting  point,  at  which  time  it  solidifies. 
What  explanation  can  you  give  for  this  behavior? 

12.79  Hydrogen  bonding  between  polyamide  chains  plays  an 
important  role  in  determining  the  properties  of  a  nylon 
such  as  nylon  6,6  (Table  12.2).  Draw  the  structural  for- 

mulas for  two  adjacent  chains  of  nylon  6,6,  and  show 

where  hydrogen-bonding  interactions  could  occur  be- 
tween them. 

[12.801  A  particular  liquid  crystalline  substance  has  the  phase  di- 
agram shown  in  the  figure.  By  analogy  with  the  phase 

diagram  for  a  non-liquid  crystalline  substance  (Section 
11.6),  identify  the  phase  present  in  each  area. 

12.81  In  fabricating  microelectronics  circuits,  a  ceramic  conduc- 
tor such  as  TiSio  is  employed  to  connect  various  regions 

of  a  transistor  with  the  outside  world,  notably  aluminum 

wires.  The  TiSi^  is  deposited  as  a  thin  film  via  chemical 

vapor  deposition,  in  which  TiCl4(^T)  and  SiH4(^)  are  react- 
ed at  the  Si  surface.  Write  a  balanced  equation  for  the  re- 

,ii  In  m.  assuming  that  the  other  products  are  I  I :  and  1  \L  I 

Why  might  TiSi^  behave  better  as  a  conducting  intercon- 
nect on  Si  than  on  a  metal  such  as  Cu? 

12.82  What  properties  of  a  material  would  make  it  well-suited 
for  solar  energy  conversion? 

Integrative  Exercises 

|12.83|  Employing  the  bond  enthalpy  v  alues  listed  in  Table  8.4, 
estimate  the  molar  enthalpy  change  occurring  upon 
(a)  polymerization  ol  ethylene,  (b)  formation  of  nylon 
6,6,  (c)  formation  of  polyethylene  terephthalate  (PET). 

|12.84|  Although  polyethylene  can  twist  and  turn  in  random 
ways,  as  illustrated  in  Figure  12.11,  the  most  stable  form 

is  a  linear  one  with  the  carbon  backbone  oriented  as 

shown  in  the  figure  below: 

H    H    H    H    H    H    H    H    H  _H    H  _H 

HH     HH     HH     HH     HH  HH 



The  solid  wedges  in  the  figure  indicate  bonds  from  carbon 

that  come  out  of  the  plane  of  the  [""age;  the  dotted  w  edges 
indicate  bonds  that  lie  behind  the  plane  of  the  page. 
(a)  What  is  the  hybridization  of  orbitals  at  each  carbon 

atom?  What  angles  do  you  expect  between  the  bonds? 
(b)  Now  imagine  that  the  polymer  is  polypropylene 

rather  than  polyethylene.  Draw  structures  for 
polypropylene  in  which  (i)  the  C  I  I  •  groups  all  lie  on 
the  same  side  ol  the  plane  ot  the  paper  (this  form  is 
called  isotactic  polypropylene);  (ii)  the  CM;  groups 
lie  on  alternating  sides  ol  the  plane  (syndiotactic 
polypropylene);  or  (iii)  the  CI  I  ;  groups  are  random- 

ly distributed  on  either  side  (atactic  polypropylene). 
Which  of  these  forms  would  you  expect  to  have  the 
highest  crystallinitv  and  melting  point,  and  which 
the  lowest?  Explain  in  terms  of  intermolecular  inter- 

actions and  molecular  shapes. 
(c)  Polypropylene  fibers  have  been  employed  in  athletic 

wear.  The  product  is  said  to  be  superior  to  cotton  or 
polyester  clothing  in  wicking  moisture  away  from 
the  body  through  the  fabric  to  the  outside.  Explain 
the  difference  between  polypropylene  ami  polyester 

or  cotton  (which  has  many  — OH  groups  along  the 
molecular  chain),  in  terms  ol  intermolecular  interac- 

tions with  water. 

12.85  In  the  superconducting  ceramic  YBcViCu  ;Or,  what  is  the 
average  oxidation  state  of  copper,  assuming  that  Y  and 

Ba  are  in  their  expected  oxidation  states1  1  ttrium  can  be 
replaced  with  a  rare-earth  element  such  as  La,  and  Ba 
can  be  replaced  with  other  similar  elements  without 

fundamentally  changing  the  superconducting  proper- 
ties of  the  material.  However,  general  replacement  of 

copper  by  any  other  element  leads  to  a  loss  of  supercon- 
ductivity. In  w  hat  respects  is  the  electronic  structure  of 

copper  different  from  that  of  the  other  two  metallic  ele- 
ments in  this  compound? 

[12.86]  A  sample  of  the  superconducting  oxide 
HgBaiCa^Cu  jOg  . ,  is  found  to  contain  14.99%  oxygen  In 
mass,  (a)  Assuming  thai  all  other  elements  are  present  in 
the  ratios  represented  by  the  formula,  w  hat  is  the  value  of 
X  in  the  formula?  (b)  Which  of  the  metallic  elements  in 

the  compound  is  (are)  most  likely  to  have  noninteger  av  - 
erage charges?  Explain  your  answer,  (c)  Which  of  the 

metallic  ions  in  the  substance  is  likely  to  have  the  largest 
ionic  radius?  Which  will  have  the  smallest1 

12.87  (a)  In  polyvinyl  chloride  show  n  on  Table  12.4,  which 
bonds  have  the  lowest  average  bond  enthalpy?  (b)  In  the 
thermal  conversion  of  polyvinyl  chloride  to  diamond,  .it 

»  e  M  E  D  I A  EXERCISES 
7 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  comes  in  your  Medial'ak. 

12.91  The  Synthesis  of  Nylon  6,10  movie  (12.2)  shows  the 
production  of  a  polymer  from  two  organic  compounds. 
The  newly  formed  material  is  removed  from  the  beaker 
and  wound  around  a  glass  rod.  II  the  n\  Ion  were  not  re- 

moved, would  the  same  amount  be  produced1  Explain 
your  answer. 

oMedia  Exercises  527 

high  pressure,  which  bonds  are  most  likely  to  ruptu 
first  on  heating  the  material?  (c)  Employing  the  \  alues 
average  bond  enthalpy  in  Table  8.4,  estimate  the  overal 
enthalp\  change  for  conv  erting  PVC  to  diamond 

12.88  Consider  ;w<7-azoxyanisole,  which  is  a  nematic  liquid 
crystal  in  the  temperature  range  of  21  C  to  47  i 

O 

(a)  Write  out  the  I  ewis  structure  for  this  molecule, 

showing  all  lone-pair  electrons  as  w  ell  as  bonds,  (b)  De- 
scribe the  hybrid  orbitals  employed  by  each  of  the  two 

nitrogens.  What  bond  angles  do  you  anticipate  about 
the  nitrogen  atom  that  is  bonded  to  oxygen?  (c)  Replac- 

ing one  o!  the  — OCH  *  groups  in  fW<?-azoxvanisole  bv 
a  — CH^CH^CH^CH group  causes  the  melting  point 
of  the  substance  to  drop;  the  liquid  crystal  range 

changes  to  19  C  to  76  C.  Explain  w  In  this  substitution 
produces  the  observed  changes  in  properties,  (d)  I  low 
would  you  expect  the  density  of  jwm-azoxyanisole  to 
change  upon  melting  tit  117  C?  Upon  passing  from  the 

nematic  to  the  isotropic  liquid  state  at  I  ̂7  C  7"  Explain. 
1 12.89|  Silicon  has  a  face-centered  cubic  crystal  structure  with 

unit  cell  edge  length  of  5.43  A  and  four  atoms  per  unit 

cell,  (a)  How  main  silicon  atoms  are  then'  in  I  cm'  of 
material1  (b)  Suppose  you  dope  that  l-cm  sample  ot 
silicon  with  1  ppm  of  phosphorus  that  w  ill  increase  the 

conductivity  by  a  factor  ol  a  million  How  many  mil- 

ligrams of  phosphorus  are  required1 
[  I2.9()|  As  you  go  dow  n  the  periodic  table  in  c  iroup  4A,  you  see 

C,  Si,  Ge,  Sn.  There  are  forms  ol  these  elements  that  all 
ha\  e  the  same  structure-the  diamond  struc  ture.  c  arbon 
having  the  diamond  structure  is  of  course  diamond;  tin 
i  an  have  multiple  elemental  forms,  and  the  one  w  ith  the 

diamond  structure  is  called  "gray  tin."  Si  and  Ge  onh 
have  the  diamond  structure,  (a)  Do  you  notice  a  trend 
in  band  gap  energies  as  you  go  down  (.roup  4A  for 
these  elements  (given  the  same  diamond  structure)? 

C irav  tin  has  a  band  gap  energy  ol  0.08  eV.  (b)  I  )oes  this 

hold  true  for  other  semiconductors,  such  as  the  III  V's 
(such  asGaAs)  and  H-VI's  (such  as  CdS)?  Refer  to  [able 
12.1.  (c)  book  up  the  Inst  ionization  energy  for  each  ol 
the  (  iroup  4A  elements  with  the  diamond  slrui  ture  (use 

the  CRC  I  landbook  of  Chemistr)  and  I'hv  si<  s,  or  .moth- 
er source),  and  plot  them  against  band  gap  energy  Sug- 

gest  an  explanation  for  the  trend  you  observe. 

12.92  Some  of  the  properties  of  Silicon  (  arbide  i 
given  in  [able  12.2.  (a)  In  w  hat  vvavs  does 
bide  resemble  diamond1  (b)  In  what  way 
bide  different  from  most  c  eramics? 

12.93  I'he  superconductor  shown  bv  the  3-C  !  YB.i :(  u  ;( )- 
(22.2)  was  one  of  the  first  materials  show  n  tot  xhibit  super- 

conductivity at  "high"  temperature  i  i.  What  proper- 
ties of  this  material  prevent  its  use  in  m.  \  applications 

where  superconductivity  would  be  desirable? 



13.1  The  Solution  Process 

13.2  Saturated  Solutions 

and  Solubility 

13.3  Factors  Affecting  Solubility 

13.4  Ways  of  Expressing 
Concentration 

13.5  Colligative  Properties 

13.6  Colloids 

WHAT'S  AHEAD 

•  We  begin  bv  considering  what 
happens  at  a  molecular  level  when 
a  substance  dissolves,  paying 

particular  attention  to  the  role  of 
intermolecular  forces  in  the  process. 
(Section  13.1) 

•  We  next  examine  the  changes  in 

energy  and  the  changes  in  how 
particles  are  distributed  in  space  that 
accompany  the  solution  process. 
(Section  13.1) 

•  We'll  see  that  in  saturated  solutions 
the  dissolved  and  undissolved  solute 

are  in  equilibrium.  (Section  13.2) 
•  The  amount  of  solute  in  a  saturated 

solution  defines  its  solubility,  the 

extent  to  which  a  particular  solute 
dissolves  in  a  particular  solvent. 
(Section  13.2) 

•  The  nature  of  the  solute  and 
solvent  determines  the  kinds 
of  intermolecular  forces 
between  and  within  them,  and 
thus  determines  solubility.  In 

addition,  pressure  affects  the 
solubility  of  gaseous  solutes,  and 
temperature  frequently  affects 
solubility  in  liquid  and  solid 
solutions.  (Section  13.3) 

•  Because  many  physical  properties  of 
solutions  depend  on  their 
concentration,  we  examine  several 
common  ways  of  expressing 
concentration.  (Section  13.4) 

•  Physical  properties  of  solutions  that 
depend  only  on  concentration  and 
not  on  the  identity  of  the  solute  are 
known  as  colligative  properties.  They 
include  the  extent  to  which  the 
solute  lowers  the  vapor  pressure, 
increases  the  boiling  point,  and 
decreases  the  freezing  point  of  the 
solvent.  The  osmotic  pressure  of  a 
solution  is  also  a  colligative  property. 
(Section  13.5) 

We  close  the  chapter  by  investigating 
colloids,  mixtures  in  which  particles 
larger  than  molecular  size  are 
dispersed  in  another  component. 
(Section  13.6) 



Properties 

of  Solutions 

WHEN  WE  THINK  OF  SOLUTIONS,  as  described  in  earlier 

chapters  ,  what  comes  to 

mind  first  are  liquids — a  solution  of  salt  in  w  ater, 

for  example,  or  a  homogeneous  mixture  of 

ethanol  and  water.  The  beautiful  sterling  silver 

art  object  shown  in  this  chapter's  opening  photograph  is  also  a  solu- 
tion, however — a  homogeneous  distribution  of  about  7"..  copper  in 

silver.  Sterling  silver  is  an  example  of  a  solid  solution,  and  other 
examples  of  solutions  abound  in  the  world  around  us.  To  name 
just  three,  the  air  we  breathe  is  a  solution  of  several  gases,  brass 

is  a  solid  solution  of  zinc  in  copper,  and  the  fluids  that  run 

through  our  bodies  are  solutions  carrying  a  variety  ot  essen- 
tial nutrients,  salts,  and  other  materials. 

Solutions     may     be    gases,     liquids,     or  solids 
(Table  13.1  ►).  Each  of  the  substances  in  a  solution  is 

called  a  component  ot  the  solution.  As  we  saw  in 
Chapter  4,  the  solvent  is  normally  the  component 
present  in  greatest  amount.  Other  components  are 
called  solutes.  Because  liquid  solutions  are  the 
most  common,  we  w  ill  focus  our  attention  on 

them  in  this  chapter.  Our  primary  goal  is  to 

examine  the  physical  properties  of  solutions, 
comparing  them  with  the  properties  of 

their  components.  We  will  be  particularly 

concerned  with  aqueous  solutions  of 
ionic  substances  because  ot  their  cen- 

tral importance  in  chemistry  and  in 
our  daily  lives. 

THIS  1UG  IS  MADE  OF  STERLING  SILVER,  a  solid  solution  of  copper  in  silver. 

529 
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TABLE  13.1 Examples  of  Solutions 

State  of  Solution      State  of  Solvent State  of  Solute 
Example 

(  .  "1  ̂  
vjci  S 

Gas 
Air 

Liquid Liquid 
Gas 

Oxygen  in  water 
Liquid Liquid Liquid 

Alcohol  in  water 

Liquid Liquid Solid 
Salt  in  water 

Solid Solid Gas 1  lydrogen  in  palladium 
Solid Solid 

Liquid 
Mercury  in  silver 

Solid Solid 
Solid 

Silver  in  gold 

13.1  I  The  Solution  Process 

ANIMATION 
Dissolution  of  NaCI  in  Water 

A  solution  is  formed  when  one  substance  disperses  uniformly  throughout  an- 
other. With  the  exception  of  gas  mixtures,  all  solutions  involve  substances  in  a 

condensed  phase.  We  learned  in  Chapter  11  that  the  molecules  or  ions  of  sub- 
stances in  the  liquid  and  solid  states  experience  intermolecular  attractive  forces 

that  hold  them  together.  Intermolecular  forces  also  operate  between  solute  par- 
ticles and  solvent  molecules. 

Any  of  the  various  kinds  of  intermolecular  forces  that  we  discussed  in 

Chapter  11  can  operate  between  solute  and  solvent  particles  in  a  solution.  Ion- 
dipole  forces,  for  example,  dominate  in  solutions  of  ionic  substances  in  water. 
Dispersion  forces,  on  the  other  hand,  dominate  when  a  nonpolar  substance  like 

C6H14  dissolves  in  another  nonpolar  one  like  CC14.  Indeed,  a  major  factor  de- 
termining whether  a  solution  forms  is  the  relative  strengths  of  intermolecular 

forces  between  and  among  the  solute  and  solvent  particles. 

Solutions  form  when  the  attractive  forces  between  solute  and  solvent  parti- 
cles are  comparable  in  magnitude  with  those  that  exist  between  the  solute  par- 

ticles themselves  or  between  the  solvent  particles  themselves.  For  example,  the 

ionic  substance  NaCI  dissolves  readily  in  water  because  the  attractive  interac- 
tions between  the  ions  and  the  polar  FhO  molecules  overcome  the  lattice  ener- 

gy of  NaCl(s).  Let's  examine  this  solution  process  more 
closely,  paying  attention  to  these  attractive  forces. 

When  NaCI  is  added  to  water  (Figure  13.1  ▼),  the  water  molecules  orient 
themselves  on  the  surface  of  the  NaCI  crystals.  The  positive  end  of  the  water  dipole 

is  oriented  toward  the  Cl~  ions,  and  the  negative  end  of  the  water  dipole  is  orient- 
ed toward  the  Na+  ions.  The  ion-dipole  attractions  between  the  ions  and  water 

molecules  are  sufficiently  strong  to  pull  the  ions  from  their  positions  in  the  crystal. 

(a) -  <3S?  ,  %  * 

(c) 
▲  Figure  13.1    Dissolution  of  an  ionic  solid  in  water,  (a)  A  crystal  of  the  ionic  solid  is  hydrated  by 
water  molecules,  with  the  oxygen  atoms  of  the  water  molecules  oriented  toward  the  cations  (purple)  and  the 
hydrogens  oriented  toward  the  anions  (green),  (b,  c)  As  the  solid  dissolves,  the  individual  ions  are  removed 
from  the  solid  surface  and  become  completely  separate  hydrated  species  in  solution. 
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Once  separated  from  the  crystal,  the  Na"1  and  CI  ions  are  surrounded  by 
water  molecules,  as  shown  in  Figure  1 3.1  (b  and  c)  and  Figure  13.2  ►.  We  learned 
in  Section  4.1  that  interactions  like  this  between  solute  and  solvent  molecules  are 

known  as  solvation.  When  the  solvent  is  water,  the  interactions  are  also  referred  to 

as  hydration. 

Energy  Changes  and  Solution  Formation 

Sodium  chloride  dissolves  in  water  because  the  water  molecules  have  a  suffi- 

cient attraction  for  the  Na  '  and  CI  ions  to  overcome  the  attraction  of  these  two 
ions  for  one  another  in  the  crystal,  lb  form  an  aqueous  solution  of  MaCl,  water 
molecules  must  also  separate  from  one  another  to  form  spaces  in  the  solvent 

that  will  be  occupied  by  the  Na '  and  CI  ions.  Thus,  we  can  think  of  the  overall 
energetics  of  solution  formation  as  having  three  components,  illustrated 

schematically  in  Figure  13.3  ▼.  The  overall  enthalpy  change  in  forming  a  solu- 
tion, AHsn|n,  is  the  sum  of  three  terms: 

AHsoln  =  Af/,  -  AH2  +  Af^ 

[13. 

Figure  13.4  ►,  on  the  following  page,  depi<  ts  the  enthalpy  change  associat- 
ed with  each  of  these  components.  Separation  of  the  solute  particles  from  one 

another  requires  an  input  of  energy  to  overcome  their  attractive  interactions 

(for  example,  separating  Na*  and  CI  ions).  The  process  is  therefore  endother- 
mic  (AH)  >  0).  Separation  ot  solvent  molecules  to  accommodate  the  solute 
also  requires  energy  (  AHt  >  0).  The  third  component  arises  from  the  attractive 

interactions  between  solute  and  solvent  and  is  exothermic  (  AH?  •  0). 

»  2d 

AH,:  Separation  of  solute  molecules 

▲  Figure  13.2   Hydrated  Na 1  and  CI ions.  The  negative  ends  of  the  water  dipoles 
point  toward  the  positive  ion,  and  the  positive 
ends  point  toward  the  negative  ion. 

4^ 

ACTIVITY 
Enthalpy  of  Solution 

AHv  Separation  of  solvent  molec  ules 

AH3:  Formation  of  solute-solvent  interactions 

▲  Figure  13.3  Enthalpy  contributions  to  AHS0|„.  The  enthalpy  changes  AH,  and  AW2  represent 
endothermic  processes,  requiring  an  input  of  energy,  whereas  AW5  represents  an  exothermic  process 
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►  Figure  13.4   Enthalpy  changes 
accompanying  the  solution  process.  The  three 
processes  are  illustrated  in  Figure  13.3.  The 
diagram  on  the  left  illustrates  a  net  exothermic 
process  (A WS0|n     0);  that  on  the  right  shows  a 
net  endothermic  process  (AWs0|n  0). 

— 

solvent 
solute 

partit  les particles 

AH, 

solute 
AH, 

Net 

AHsol 

exothermic 

process 

A//: 

solvent 

A//, 

solute 

particles 

separated solute 

particles AH, 

AH- 

AH. 

•  In 

Net 
endothermic 

process 

▲  Figure  13.5   Endothermic  dissolution. 
Ammonium  nitrate  instant  ice  packs  are  often 
used  to  treat  athletic  injuries.  To  activate  the  pack, 
the  container  is  kneaded,  and  the  kneading 
breaks  an  interior  seal  separating  solid  NH4N03 
from  water.  The  heat  of  solution  of  NH4N05  is 
positive,  so  the  temperature  of  the  solution 
decreases. 

As  shown  in  Figure  13.4,  the  three  enthalpy  terms  in  Equation  13.1  can  add 

together  to  give  either  a  negative  or  a  positive  sum.  Thus,  the  formation  of  a  so- 
lution can  be  either  exothermic  or  endothermic.  For  example,  when  magnesium 

sulfate,  MgS04,  is  added  to  water,  the  resultant  solution  gets  quite  warm: 

AHsoij,  =  -91.2kJ/mol.  In  contrast,  the  dissolution  of  ammonium  nitrate 
(NH4NO3)  is  endothermic:  AHsoin  =  26.4kJ/mol.  These  particular  substances 
have  been  used  to  make  the  instant  heat  packs  and  ice  packs  that  are  used  to 
treat  athletic  injuries  (Figure  13.5  A).  The  packs  consist  of  a  pouch  of  water  and 
a  dry  chemical,  MgS04  for  hot  packs  and  NH4NO3  for  cold  packs.  When  the 
pack  is  squeezed,  the  seal  separating  the  solid  from  the  water  is  broken  and  a 
solution  forms,  either  increasing  or  decreasing  the  temperature. 

In  Chapter  5  we  learned  that  the  enthalpy  change  in  a  process  can  provide 
information  about  the  extent  to  which  a  process  will  occur. 
Processes  that  are  exothermic  tend  to  proceed  spontaneously.  A  solution  will 

not  form  if  AHsojn  is  too  endothermic.  The  solvent-solute  interaction  must  be 
strong  enough  to  make  AH3  comparable  in  magnitude  to  AH]  +  AH2.  This  is 

why  ionic  solutes  like  NaCl  do  not  dissolve  in  nonpolar  liquids  such  as  gaso- 
line. The  nonpolar  hydrocarbon  molecules  of  the  gasoline  would  experience 

only  weak  attractive  interactions  with  the  ions,  and  these  interactions  would 
not  compensate  for  the  energies  required  to  separate  the  ions  from  one  another. 

Bv  similar  reasoning,  a  polar  liquid  such  as  water  does  not  form  solutions 
with  a  nonpolar  liquid  such  as  octane  (CgH]8).  The  water  molecules  experience 

strong  hydrogen-bonding  interactions  with  one  another.  1 1.2)  These 
attractive  forces  must  be  overcome  to  disperse  the  water  molecules  throughout 

the  nonpolar  liquid.  The  energy  required  to  separate  the  PPO  molecules  is  not  re- 
covered in  the  form  of  attractive  interactions  between  PPO  and  C,SH1S  molecules. 

Solution  Formation,  Spontaneity,  and  Disorder 

When  carbon  tetrachloride  (CC14)  and  hexane  (C6H14)  are  mixed,  they  dissolve 
in  one  another  in  all  proportions.  Both  substances  are  nonpolar,  and  they  have 

similar  boiling  points  (77°C  for  CC14  and  69  C  for  ChHi4).  It  is  therefore  reason- 
able to  suppose  that  the  magnitudes  of  the  attractive  forces  (London  dispersion 

forces)  among  molecules  in  the  two  substances  and  in  their  solution  are  compa- 
rable. When  the  two  are  mixed,  dissolving  occurs  spontaneously;  that  is,  it  oc- 

curs without  any  extra  input  of  energy  from  outside  the  system.  Two  distinct 
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factors  are  involved  in  processes  that  occur  spontaneously.  The  most  obvious  is 
energy;  the  other  is  the  distribution  of  each  component  into  a  larger  volume. 

If  you  let  go  of  a  book,  it  falls  to  the  floor  because  of  gravity.  At  its  initial 
height,  it  has  a  higher  potential  energy  than  it  has  w  hen  it  is  on  the  floor.  Unless 

it  is  restrained,  the  book  falls;  and  as  it  does,  potential  energy  is  converted  into 
kinetic  energy.  When  the  book  strikes  the  floor,  the  kinetic  energy  is  converted 
largely  into  heat  energy,  which  is  dispersed  throughout  the  surroundings.  The 
book  has  lost  energy  to  its  surroundings  in  this  process.  This  fact  leads  us  to  the 

first  basic  principle  identifying  spontaneous  processes  and  the  direction  they 

take:  Processes  in  which  the  energy  content  of  the  system  decreases  tend  to  occur  spon- 
taneously. Spontaneous  processes  tend  to  be  exothermic. 

Change  tends  to  occur 
in  the  direction  that  leads  to  a  low  er  energy  or  lower  enthalpy  for  the  system. 

Some  sp<  >nt, i neons  processes,  In  rwe\  er,  do  not  result  in  lower  energ)  for  a  S)  s- 
tern,  and  even  some  endothermic  processes  occur  spontaneously.  For  example, 

NH4NO3  readily  dissolves  in  water,  even  though  the  solution  process  is  endother- 
mic. Processes  such  as  this  are  characterized  by  a  more  dispersed  state  of  one  or 

more  components,  resulting  in  an  overall  increase  in  the  randomness  of  the  system. 

In  this  example  the  densely  ordered  solid,  NH4NO-,  is  dispersed  throughout  the 

solution  as  separated  NH4  '  and  NO-*  ions.  The  mixing  of  CCI4  and  C,,H  ]4  pro- 
vides another  simple  example.  Suppose  that  we  could  suddenly  remove  a  barrier 

that  separates  500  mLof  CCI4  from  500  mLof  C,,H  N,  as  in  Figure  13.6(a)  ►.  Before 

the  barrier  is  remov  ed,  each  liquid  occupies  a  volume  of  500  ml..  All  the  CCI4  mol- 
ecules are  in  the  500  mL  to  the  left  of  the  barrier  and  all  the  C(lH  |4  molecules  are  in 

the  500  mL  to  the  right.  When  equilibrium  has  been  established  after  the  barrier  has 

been  removed,  the  two  liquids  together  occupy  a  volume  of  about  1000  mL.  For- 
mation of  a  homogeneous  solution  has  increased  the  degree  ot  dispersal,  or  ran- 

domness, because  the  molecules  of  each  substance  are  now  mixed  and  distributed 

in  a  volume  twice  as  large  as  that  which  they  individually  occupied  before  mixing. 
The  amount  of  randomness  in  the  system,  sometimes  referred  to  as  disorder,  is 

given  by  a  thermodynamic  quantity  called  entropy.  This  example  illustrates  our 

second  basic  principle:  Processes  occurring  at  a  constant  temperature  in  which  the  ran- 
domness or  dispersal  in  space  (entropy)  of  the  system  increases  tend  to  occur  spontaneously. 

When  molecules  of  different  types  are  brought  together,  mixing — hence  an 
increased  dispersal — occurs  spontaneously  unless  the  molecules  are  restrained 
by  sufficiently  strong  intermolecular  forces  or  by  physical  barriers.  Thus,  gases 
spontaneously  mix  and  expand  unless  restrained  by  their  containers;  in  this 
case  intermolecular  forces  are  too  weak  to  restrain  the  molecules.  However,  be- 

cause strong  bonds  hold  sodium  and  chloride  ions  together,  sodium  chloride 
does  not  spontaneously  ciissolve  in  gasoline. 

We  will  discuss  spontaneous  processes  again  in  Chapter  \LK  At  that  time  u  e 
will  consider  the  balance  between  the  tendencies  toward  lower  enthalpy  and 
toward  increased  entropy  in  greater  detail.  For  the  moment  we  need  to  be 
aware  that  the  solution  process  invok  es  two  factors:  a  change  in  enthalpy  and 
a  change  in  entropy.  In  most  cases  formation  of  solutions  is  faiwred  In/  the  increase 
in  entropy  that  accompanies  mixing.  Consequently,  a  solution  will  form  unless 
solute-solute  or  solvent-solvent  interactions  are  too  strong  relative  to  the 
solute-solvent  interactions. 

Solution  Formation  and  Chemical  Reactions 

In  all  our  discussions  of  solutions,  we  must  be  careful  to  distinguish  the  ph\  si- 
cal  process  of  solution  formation  from  chemical  reactions  that  lead  to  a  solu- 

tion. For  example,  nickel  metal  is  dissolved  on  contact  with  hydrcx  hloric  a<  id 
solution  because  the  following  chemical  reaction  occurs: 

Ni(s)  +  2HCl(a<7)  >  NiCl2H)  +  H2(x)  [13.2] 

500  mL   500  mL 

CCI4  Q,H14 

(a) 

-1000  ml. 

CCI4 

• 

(b) 

▲  Figure  13.6  Increasing  randomness  in  a 
solution  process.  A  homogeneous  solution  of  CCI. 
and  C6H , 4  forms  when  a  barrier  separating  the  two 
liquids  is  removed  Each  CCI4  molecule  of  the 
solution  in  (b)  is  more  dispersed  in  space  than  it 
was  in  the  left  compartment  in  (a),  and  each  C6H;,, 
molecule  in  (b)  is  more  dispersed  than  it  was  in  the 
right  compartment  in  (a). 
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(a)  (b)  (c) 

▲  Figure  13.7  The  nickel-acid  reaction  is  not  a  simple  dissolution,  (a)  Nickel  metal  and  hydrochloric 
acid,  (b)  Nickel  reacts  slowly  with  hydrochloric  acid,  forming  U\C\2(aq)  and  H2(g).  (c)  NiCI2-6  H20  is  obtained 
when  the  solution  from  (b)  is  evaporated  to  dryness.  Because  the  residue  left  after  evaporation  is  chemically 
different  from  either  reactant,  we  know  what  takes  place  is  a  chemical  reaction  rather  than  merely  a  solution 

process. 

In  this  instance  the  chemical  Form  of  the  substance  being  dissolved  is  changed 

from  Ni  to  NiCl2.  If  the  solution  is  evaporated  to  dryness,  NiCl2"6  H20(s),  not 
Ni(s),  is  recovered  (Figure  13.7  ▲).  When  NaCl(s)  is  dissolved  in  water,  on  the 

other  hand,  no  chemical  reaction  occurs.  If  the  solution  is  evaporated  to  dry- 
ness, NaCl  is  recovered.  Our  focus  throughout  this  chapter  is  on  solutions  from 

which  the  solute  can  be  recovered  unchanged  from  the  solution. 

Q    GIVE  IT  SOME  THOUGHT 

Silver  chloride,  AgCl,  is  essentially  insoluble  in  water.  Would  you  expect  a  significant 
change  in  the  entropy  of  the  system  when  10  g  of  AgCl  is  added  to  500  mL  of  water? 

Hydrates 3Mk   _____  

requently,  hydrated  ions  remain  in  crystalline  salts  that  are 
obtained  by  evaporation  of  water  from  aqueous  solutions. 

Common  examples  include  beCN/b  H20  [iron(lll)  chloride 

hexahydrate]  and  CuS04-5  H20  [copper(II)  sulfate  pentahy- 
drate].  The  FeCl3-6  HaO  consists  of  Fe(H20)634  and  CI  ions; 

the  CuS04-5H20  consists  of  Cu(H20)42'  and  S04(H20)2~ 
ions.  Water  molecules  can  also  occur  in  positions  in  the  crystal 
lattice  that  are  not  specifically  associated  with  either  a  cation 

or  .m  anion.  BaCl2*2  H20  (barium  chloride  dihydrate)  is  an 
example.  Compounds  such  as  FeCl_v6  H20,  C  uSO|-5  H20, 
and  BaCl2-2  H20,  which  contain  a  salt  and  water  combined  in 
definite  proportions,  are  known  as  hydrates;  the  water  associ- 

ated with  them  is  called  water  of  hydration.  Figure  13.8  ► 

shows  an  example  of  a  hydrate  and  the  corresponding  anhy- 
drous (water-free)  substance. 

Related  Exercises:  13.3,  13.102 

▲  Figure  13.8  Hydrates  and  anhydrous  salts.  Hydrated  cobalt(ll) 
chloride,  CoCI2-6  H20  (left),  and  anhydrous  CoCI2  (right). 
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■  SAMPLE  EXERCISE  13.1  |  Assessing  Entropy  Change 

In  the  process  illustrated  below,  water  \  apor  reacts  with  excess  solid  sodium  sulfate 
to  form  the  hydrated  form  of  the  salt.  I  he  chemical  reaction  is 

Na2S04(s)  +  10H2O(#)   »  Na2SO4-10  H20(s) 

Essentially  all  of  the  w  ater  vapor  in  the  closed  container  is  consumed  in  this  reaction. 
If  we  consider  our  system  to  consist  initially  of  the  solid  Na2S04(s)  and  10  1 l20(£), 
(a)  does  the  system  become  more  or  less  ordered  in  this  process,  and  (b)  does  the  en- 

tropy of  the  system  increase  or  decrease7 

9  9 

Ma2S04(s) r  Q
 

Na2S04(s)  +  Na2SO4-10  H20(s) 

Solution 

Analyze:  We  are  asked  to  determine  whether  the  reaction  of  water  vapor  with  the 
solid  salt  causes  the  system  to  become  more  or  less  random,  or  dispersed,  and  to  de- 

termine whether  the  process  results  in  a  higher  or  lower  entropy  for  the  system. 
Plan:  We  need  to  examine  the  initial  and  final  states  and  judge  whether  the  process 
has  made  the  system  more  or  less  dispersed.  Depending  on  our  answer  to  that  ques- 

tion, we  can  determine  whether  the  entropy  has  increased  or  decreased. 
Solve:  (a)  In  the  course  of  forming  the  hydrate  ol  Na2S(  >_|(^),  the  w  ater  \  apor  moves 
from  the  vapor  state,  in  which  it  is  dispersed  throughout  the  entire  volume  of  the 
container,  to  the  solid  state,  where  it  is  confined  to  the  Na2S04*  ID  I  l20(s)  lattice.  I  his 
means  that  the  water  vapor  becomes  less  dispersed  (more  ordered),  (b)  When  a  sys- 

tem becomes  more  ordered,  its  entropy  is  decreased. 

Wm  PRACTICE  EXERCISE 

Does  the  entropy  of  the  system  increase  or  decrease  when  the  stopcoc  k  is  opened  to 
allow  mixing  of  the  two  gases  in  this  apparatus? 

Answer:  The  entropy  increases  because  each  gas  eventually  becomes  dispersed  in 
twice  the  volume  it  originally  occupied. 

13.2  I  Saturated  Solutions  and  Solubility 

As  a  solid  solute  begins  to  dissolve  in  a  solvent,  the  concentration  ol  solute  par- 
ticles in  solution  increases,  and  so  do  their  chances  ot  colliding  with  the  surfa(  e 

of  the  solid  (Figure  13.9  ►).  Such  a  collision  may  result  in  the  solute  particle's 

r 

A  Figure  13.9   Dynamic  equilibrium  in  a 
saturated  solution.  In  a  solution  in  which 
excess  ionic  solute  is  present,  ions  on  the  surface 
of  the  solute  are  continuously  passing  into  the 
solution  as  hydrated  species,  while  hydrated  ions 
from  the  solution  are  deposited  on  the  surfaces  of 
the  solute.  At  equilibrium  in  a  saturated  solution, 
the  two  processes  occur  at  equal  rates 
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becoming  reattached  to  the  solid.  This  process,  which  is  the  opposite  of  the  so- 
lution process,  is  called  crystallization.  Thus,  two  opposing  processes  occur  in 

a  solution  in  contact  with  undissolved  solute.  This  situation  is  represented  in  a 
chemical  equation  by  use  of  a  double  arrow: 

dissolve 
Solute  +  solvent  ,,       solution  13.31 

crystallize  1 

When  the  rates  of  these  opposing  processes  become  equal,  no  further  net  in- 
crease in  the  amount  of  solute  in  solution  occurs.  A  dynamic  equilibrium  is  es- 

tablished similar  to  the  one  between  evaporation  and  condensation  discussed 
in  Section  1 1.5. 

A  solution  that  is  in  equilibrium  with  undissolved  solute  is  saturated.  Addi- 
tional solute  will  not  dissolve  if  added  to  a  saturated  solution.  The  amount  of  solute 

needed  to  form  a  saturated  solution  in  a  given  quantity  of  solvent  is  known  as  the 

solubility  of  that  solute.  For  example,  the  solubility  of  NaCl  in  water  at  0°C  is  35.7  g 
per  100  mL  of  water.  This  is  the  maximum  amount  of  NaCl  that  can  be  dissolved  in 
water  to  give  a  stable  equilibrium  solution  at  that  temperature. 

If  we  dissolve  less  solute  than  that  needed  to  form  a  saturated  solution,  the  so- 
lution is  unsaturated.  Thus,  a  solution  containing  only  10.0  g  of  NaCl  per  100  mL 

of  water  at  0°C  is  unsaturated  because  it  has  the  capacity  to  dissolve  more  solute. 
Under  suitable  conditions  it  is  sometimes  possible  to  form  solutions  that  con- 
tain a  greater  amount  of  solute  than  that  needed  to  form  a  saturated  solution. 

Such  solutions  are  supersaturated.  For  example,  considerably  more  sodium  ac- 
etate (NaCoHiC^)  can  dissolve  in  water  at  high  temperatures  than  at  low  tem- 

peratures. When  a  saturated  solution  of  sodium  acetate  is  made  at  a  high 
temperature  and  then  slowly  cooled,  all  of  the  solute  may  remain  dissolved  even 
though  the  solubility  decreases  as  the  temperature  is  reduced.  Because  the  solute 

in  a  supersaturated  solution  is  present  in  a  concentration  higher  than  the  equilib- 
rium concentration,  supersaturated  solutions  are  unstable.  Supersaturated  solu- 
tions result  for  much  the  same  reason  as  supercooled  liquids  (Section  11.4):  In 

order  for  crystallization  to  occur,  the  molecules  or  ions  of  solute  must  arrange 
themselves  properly  to  form  crystals.  Addition  of  a  small  crystal  of  the  solute  (a 
seed  crystal)  provides  a  template  for  crystallization  of  the  excess  solute,  leading 
to  a  saturated  solution  in  contact  with  excess  solid  (Figure  13.10  ▼). 

A  Figure  13.10  Sodium  acetate  readily  forms  a  supersaturated  solution  in  water. 
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Q    GIVE  IT  SOME  THOUGHT 

Is  a  supersaturated  solution  of  sodium  acetate  a  stable  equilibrium  solution? 

13.3    Factors  Affecting  Solubility  

The  extent  to  which  one  substance  dissolves  in  another  depends  on  the  nature 
of  both  the  solute  and  the  solvent.  It  also  depends  on  temperature  and,  at  least 

for  gases,  on  pressure,  bet's  consider  these  factors  more  closely. 

Solute-Solvent  Interactions 

One  factor  determining  solubility  is  the  natural  tendency  of  substances  to  mix 
(the  tendency  of  systems  to  move  toward  a  more  dispersed,  or  random,  state). 
If  this  were  all  that  was  involved,  however,  wo  would  expect  substances  to  be 

completely  soluble  in  one  another.  This  is  clearly  not  the  cast-.  So  w  hat  other 
factors  are  involved?  As  we  saw  in  Section  13.1,  the  relatix  e  forces  of  attraction 

among  the  solute  and  solvent  molecules  also  play  very  important  roles  in  the 
solution  process. 

Although  the  tendency  toward  dispersal  and  the  various  interactions 

among  solute  and  solvent  particles  are  all  involved  in  determining  the  solubili- 

ties, considerable  insight  can  often  be  gained  by  focusing  on  the  interaction  be- 
tween the  solute  and  solvent.  The  data  in  lable  13.2  ►  show,  for  example,  that 

the  solubilities  of  various  simple  gases  in  water  increase  with  increasing  molec- 
ular mass  or  polarity.  The  attractive  forces  between  the  gas  and  solvent  mole- 

cules are  mainly  of  the  London  dispersion  t\  pe,  which  increase'  with  in(  reasing 
size  and  mass  of  the  gas  molecules.  Thus,  the  data  indicate 

that  the  solubilities  of  gases  in  water  increase  as  the  attraction  between  the 
solute  (gas)  and  solvent  (water)  increases.  In  general,  when  other  factors  are 
comparable,  the  stronger  the  attractions  between  solute  and  solvent  molecules,  the 
greater  the  solubility. 

As  a  result  of  fav  orable  dipole-dipole  attractions  between  solvent  mole- 
cules and  solute  molecules,  polar  liquids  tend  to  dissok'e  readily  in  polar  solvents. 

Water   is   not   only    polar,    but    also   able    to    form    hydrogen  bonds. 
Thus,  polar  molecules,  and  especially  those  that  can  form 

hydrogen  bonds  with  water  molecules,  tend  to  be  soluble  in  water.  For  exam- 
ple, acetone,  a  polar  molecule  whose  structural  formula  is  shown  in  the  mar- 
gin, mixes  in  all  proportions  with  water.  Acetone  has  a  strongly  polar  (  =  O 

bond  and  pairs  of  nonbonding  electrons  on  the  O  atom  that  can  form  hydro- 
gen bonds  with  water. 

Pairs  of  liquids  such  as  acetone  and  water  that  mix  in  all  proportions  are 
miscible,  whereas  those  that  do  not  dissolve  in  one  another  are  immiscible. 

Gasoline,  which  is  a  mixture  of  hydrocarbons,  is  immiscible  in  water.  Hydro- 
carbons are  nonpolar  substances  because  of  several  factors:  The  C  C  bonds 

are  nonpolar,  the  C  —  H  bonds  are  nearly  nonpolar,  and  the  shapes  of  the  mol- 
ecules are  symmetrical  enough  to  cancel  much  ol  the  weak  C  II  bond 

dipoles.  The  attraction  between  the  polar  water  molecules  and  the  nonpolar 

hydrocarbon  molecules  is  not  sufficiently  strong  to  allow  the  formation  of  a  so- 
lution. Nonpolar  liquids  tend  to  be  insoluble  in  polar  liquids.  As  a  result,  hexane 

(C(lH|4)  does  not  dissolve  in  water. 

The  series  of  compounds  in  Table  13.3  ►  demonstrates  that  polar  liquids 
tend  to  dissolve  in  other  polar  liquids  and  nonpolar  liquids  in  nonpolar  ones 

These  organic  compounds  all  contain  the  OF!  group  attached  to  a  C  atom.  Or- 

ganic compounds  with  this  molecular  feature  are  called  alcohols.  The  O  —  H 

bond  is  not  only  polar,  but  is  also  able  to  form  hydrogen  hollo's.  For  example, 

TABLE  13.2   Solubilities  of  Gases 

in  Water  at  20°C,  with  1  atm  Gas 
Pressure 

Gas      Solubility  (M) 

N2 

0.69  ■ in 

CO 

1.04  • in 

o2 

1.38  • 
ID 

Ar 

1.50  ■ III 

Kr 

2.79  • 

III  1 :Q: 

CI  U  c  1 1 

Acetone 
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1  TABLE  13.3    Solubilities  of  Some  Alcohols  in  Water  and  in  Hexane*  1 
Solubility 

Solubility 

Alcohol 
in  H20 

in  ChH14 

rHnnH  (moth  inr>l  1 X 
u.  1  z 

ChhCH.OH  (ethanol) 00 X 

CH3CH2CH2OH  (propanol) 00 X 

CH3CH2CH2CH2OH  (butanol) 
0.11 

00 

CH^CH2CH:CH2CH2OH  (pentanol) 
0.030 

CH3CH2CH2CH2CH2CH2OH  (hexanol) 
0.0058 X 

CH^CH2CH2CH2CH2CH2CH2OH  (heptanol) 0.0008 00 

'I  \prvxscd  m  mol  ,ikohol  KM)  g  solvent  at  20  (.  rhe  infinit)  symbol  indicates  that  the  alcohol  is  completelj miscible  with  the  solvent. 

CH3CH2OH  molecules  can  form  hydrogen  bonds  with  water  molecules  as  well 

as  with  each  other  (Figure  13.11  ▼).  As  a  result,  the  solute-solute,  solvent- 

solvent,  and  solute-solvent  forces  are  not  greatly  different  within  a  mixture  of 
CH3CH2OH  and  H2O.  There  is  no  major  change  in  the  environments  of  the 

molecules  as  they  are  mixed.  Therefore,  the  increased  dispersal  of  the  two  com- 
ponents into  a  larger  combined  volume  that  accompanies  mixing  plays  a  signif- 

icant role  in  formation  of  the  solution.  Ethanol  (CH^CHoOH),  therefore,  is 

completely  miscible  with  water. 
The  number  of  carbon  atoms  in  an  alcohol  affects  its  solubility  in  water.  As 

the  length  of  the  carbon  chain  increases,  the  polar  OH  group  becomes  an  ever 

smaller  part  of  the  molecule,  and  the  molecule  behaves  more  like  a  hydrocar- 
bon. The  solubility  of  the  alcohol  in  water  decreases  correspondingly.  On  the 

other  hand,  the  solubility  of  the  alcohol  in  a  nonpolar  solvent  like  hexane 

(CbH14)  increases  as  the  nonpolar  hydrocarbon  chain  increases  in  length. 
One  way  to  enhance  the  solubility  of  a  substance  in  water  is  to  increase  the 

number  of  polar  groups  it  contains.  For  example,  increasing  the  number  of  OH 

groups  along  a  carbon  chain  of  a  solute  increases  the  extent  of  hydrogen  bond- 
ing between  that  solute  and  water,  thereby  increasing  solubility.  Glucose 

(CgH^Of,)  has  five  OH  groups  on  a  six-carbon  framework,  which  makes  the 
molecule  very  soluble  in  water  (83  g  dissolves  in  100  mL  of  water  at  17.5  C). 
The  glucose  molecule  is  shown  in  Figure  13.12  ►. 

Examination  of  different  combinations  of  solvents  and  solutes  such  as 

those  considered  in  the  preceding  paragraphs  has  led  to  an  important  general- 
ization: Substances  with  similar  intermolecular  attractive  forces  tend  to  be  soluble  in 

one  another.  This  generalization  is  often  simply  stated  as  "like  dissolves  like." 

►  Figure  13.11  Hydrogen-bonding 
interactions,  (a)  Between  two  ethanol 
molecules  and  (b)  between  an  ethanol  molecule 
and  a  water  molecule. 

(a)  (b) 

Hydrogen  bond H 
H  XV  / 

Hydrogen  bond 

HV\  .-H"    X-H  „HX  H/0^H C         O'  \  Hv\  ..H  H 

H       "  VH  H^H 
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HYDROGEN  BONDING  AND  AQUEOUS  SOLUBILITY 

The  presence  of  OH  groups  capable  of  hydrogen  bonding  with  water  enhance** 
the  aqueous  solubility  of  organic  molecules. 

H  CH2OH HO 

HO OH 

Hydrogen-bonding 
sites 

Cyclohexane,  ChHj2,  which 
has  no  polar  Ot  1  groups,  is 

essentially  insoluble  in  water 

Glucose,  CHjiO,,,  has 
five  Ol  I  groups  is  highly 

soluble  in  water. 

▲  Figure  13.12   Structure  and  solubility. 

Nonpolar  substances  are  more  likely  to  be  soluble  in  nonpolar  solvents;  ionic 
and  polar  solutes  are  more  likely  to  be  soluble  in  polar  solvents.  Network  solids 

like  diamond  and  quartz  are  not  soluble  in  either  polar  or  nonpolar  solvents  be- 
cause of  the  strong  bonding  forces  within  the  solid. 

Q    GIVE  IT  SOME  THOUGHT 

Suppose  the  hydrogens  on  the  OH  groups  in  glucose  (Figure  13.12)  were  replaced 

with  methyl  groups,  CH3.  Would  you  expect  the  solubility  in  water  of  the  resulting  mol- 
ecule to  be  higher  than,  lower  than,  or  about  the  same  as  the  solubility  of  glucose? 

■  SAMPLE  EXERCISE  13.2  |  Predicting  Solubility  Patterns 

Predict  whether  each  of  the  following  substances  is  more  likely  to  dissolve  in  carbon  nj   J-D  models 
tetrachloride  (CC14)  or  in  water:  C7H  l6,  Na2S04,  I IC1,  and  \1   Cyclohexane  C 
Solution 

Analyze:  We  are  given  two  solvents,  one  that  is  nonpolar  (CCI4)  and  the  other  that  is 
polar  (H20),  and  asked  to  determine  which  will  be  the  best  solvent  for  each  solute  listed. 
Plan:  By  examining  the  formulas  of  the  solutes,  we  can  predict  whether  they  are  ionic 
or  molecular.  For  those  that  are  molecular,  we  can  predict  whether  they  are  polar  or  non- 
polar.  We  can  then  apply  the  idea  that  the  nonpolar  solvent  will  be  best  for  the  nonpolar 
solutes,  whereas  the  polar  solvent  will  be  best  for  the  ionic  and  polar  solutes. 
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Solve:  C7H1,-,  is  a  hydrocarbon,  so  it  is  molecular  and  nonpolar.  Na2S04,  a  com- 
pound containing  a  metal  and  nonmetals,  is  ionic;  HO,  a  diatomic  molecule  contain- 

ing two  nonmetals  that  differ  in  electronegativity,  is  polar;  and  I2,  a  diatomic 
molecule  with  atoms  of  equal  electronegativity,  is  nonpolar.  We  would  therefore  pre- 

dict that  C7H  i(,  and  I2  would  be  more  soluble  in  the  nonpolar  CC14  than  in  polar  H20, 
whereas  water  would  be  the  better  solvent  for  Na2S04  and  HC1. 

CHKMISTRY  AX  I)  LIFK  I  Fat- and  Water-Soluble  Vitamins 

Vitamins  have  unique  chemical  structures  that  affect  their 
solubilities  in  different  parts  of  the  human  body.  Vitamins 

B  and  C  are  water  soluble,  tor  example,  whereas  vitamins  A, 
D,  E,  and  K  are  soluble  in  nonpolar  solvents  and  in  the  fatty 
tissue  of  the  body  (which  is  nonpolar).  Because  of  their  water 
solubility,  vitamins  B  and  C  are  not  stored  to  any  appreciable 
extent  in  the  body,  and  so  foods  containing  these  vitamins 
should  be  included  in  the  daily  diet.  In  contrast,  the  fat- 
soluble  vitamins  are  stored  in  sufficient  quantities  to  keep 

vitamin-deficiency  diseases  from  appearing  even  after  a  per- 
son has  subsisted  for  a  long  period  on  a  vitamin-deficient  diet. 
The  different  solubility  patterns  of  the  water-soluble  vita- 

mins and  the  fat-soluble  ones  can  be  rationalized  in  terms  of 
the  structures  of  the  molecules.  The  chemical  structures  of  vit- 

amin A  (retinol)  and  of  vitamin  C  (ascorbic  acid)  are  shown  in 

Figure  13.13  ▼.  Notice  that  the  vitamin  A  molecule  is  an  alco- 
hol with  a  very  long  carbon  chain.  Because  the  OH  group  is 

such  a  small  part  of  the  molecule,  the  molecule  resembles  the 

long-chain  alcohols  listed  in  Table  13.3.  This  vitamin  is  nearly 
nonpolar.  In  contrast,  the  vitamin  C  molecule  is  smaller  and 

has  more  OH  groups  that  can  form  hvdrogen  bonds  with 
water.  It  is  somewhat  like  glucose,  which  was  discussed  earli- 

er. It  is  a  more  polar  substance. 

The  Procter  &  Gamble  Company  introduced  a  no-calorie 
fat  substitute  called  olestra  in  1998.  This  substance,  which  is 
formed  by  the  combination  of  a  sugar  molecule  with  fatty 

acids,  is  stable  at  high  temperatures  and  thus  can  be  used  in- 
stead of  vegetable  oil  in  the  preparation  of  potato  chips,  tor- 

tilla chips,  and  related  products.  Although  it  tastes  like  a 
vegetable  oil,  it  passes  through  the  human  digestive  system 
without  being  metabolized  and  thus  contributes  no  calories  to 

the  diet.  However,  its  use  has  generated  some  controversv.  Be- 
cause olestra  consists  of  large  fatlike  molecules,  it  absorbs  fat- 

soluble  vitamins  (such  as  A,  D,  E,  and  K).  It  also  absorbs  other 

nutrients  (such  as  carotenes)  and  carries  them  through  the  di- 
gestive svstem  and  out  of  the  body.  Critics  worry  that  al- 
though olestra-containing  foods  are  fortified  with  the 

vitamins  that  might  be  lost,  long-term,  regular  olestra  con- 
sumption could  cause  dietary  problems. 

Related  Exercises:  13.6,  1  3  42 

I  I 

H,C  CH,' 
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CH3  H 
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R  H 
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1 1 

Vital 

(a) 

Vitamin  C 

(b) 

A  Figure  13.13   Vitamins  A  and  C.  (a)  The  molecular  structure  of  vitamin  A,  a  fat-soluble  vitamin.  The  molecule  is  composed 
largely  of  carbon-carbon  and  carbon-hydrogen  bonds,  so  it  is  nearly  nonpolar.  (b)  The  molecular  structure  of  vitamin  C,  a  water- 
soluble  vitamin.  Notice  the  OH  groups  and  the  other  oxygen  atoms  in  the  molecule,  which  can  interact  with  water  molecules  by 
hydrogen  bonding. 



Factors  Affecting  Solubility 

H  PRACTICE  EXERCISE 

Arrange  the  following  substances  in  order  of  increasing  solubility  in  w  ater: 

[  | 1 1 1 1 
1 1 

1 1 
I  i 

1 1 
1 

1  | 1  1 

H- 

c- c— 

1 

c— 

c— 

c- 

1 
1 1 

HO— 

c— c— c— 

1 

c- 

1 C— OH 

1 1 1 1 1 1 1 1 H 
1 
1 1 H 1 1 1 1 

1 
1 1 

1 1 1 1 H 1 1 1 1 1 1 H H 1 1 

1 1 

1 

H- 

c- 

1 

c- c— 

1 

c— 

1 

c— 

Ol  1 

H— 

1 

c— 

1 

c— c— 
c— 

c— C  1 

1 1 1 1 
1 1 

1 1 
1  ] 

1 1 1 1 
1 

1 1 
1 1 

Answer:  C^H12  <  C\HMCI  <  CsHnOH  C5H10(OH)2  (in  order  of  increasing  po- 
larity and  hydrogen-bonding  ability) 

Pressure  Effects 

The  solubilities  of  solids  and  liquids  are  not  appreciably  affected  by  pressure, 
whereas  the  solubility  of  a  gas  in  an)  solvent  is  increased  as  the  pressure  over 
the  solvent  increases.  We  can  understand  the  effect  ol  pressure  on  the  solubility 
of  a  gas  by  considering  the  dynamic  equilibrium  illustrated  in  Figure  13.14  ►. 

Suppose  that  we  have  a  gaseous  substance  distributed  between  the  gas  and  so- 
lution phases.  When  equilibrium  is  established,  the  rati'  at  which  gas  molecules 

enter  the  solution  equals  the  rate  at  which  solute  molecules  escape  from  the  so- 
lution to  enter  the  gas  phase.  The  small  arrows  in  Figure  I  3. 14(a)  represent  the 

rates  of  these  opposing  processes.  Now  suppose1  that  we  exert  added  pressure 
on  the  piston  and  compress  the  gas  above  the  solution,  as  shown  in 
Figure  13.14(b).  If  we  reduced  the  volume  to  half  its  original  value,  the  pressure 
of  the  gas  would  increase  to  about  twice  its  original  value.  The  rate  at  which  gas 

molecules  strike  the  surface  to  enter  the  solution  phase  would  therefore  in- 
crease. As  a  result,  the  solubility  of  the  gas  in  the  solution  would  increase  until 

an  equilibrium  is  again  established;  that  is,  solubility  increases  until  the  rate  at 

which  gas  molecules  enter  the  solution  equals  the  rate  at  which  solute  mole- 

cules escape  from  the  solution.  Thus,  the  solubility  of  the  gas  increases  in  direct  pro- 
portion to  its  partial  pressure  above  the  solution. 

The  relationship  between  pressure  and  the  solubility  of  a  gas  is  expressed 

by  a  simple  equation  known  as  Henry's  law: 
S.  =  kPg 

[13.4] 

Here,  So  is  the  solubility  of  the  gas  in  the  solution  phase  (usually  expressed 

as  molarity),  P,  is  the  partial  pressure  of  the  gas  over  the  solution,  and  k  is  a  pro- 

portionality constant  known  as  the  Henry's  law  constant.  I  he  I  lenry's  law  con- 
stant is  different  for  each  solute-solvent  pair.  It  also  wines  with  temperature.  As 

an  example,  the  solubility  of  N2  gas  in  water  at  2^  C  and  0.78  atm  pressure  is 

5.3  x  10  4  M.  The  Henry's  law  constant  for  N2  in  water  at  2=>  C  is  thus  given  by 

(5.3  x  10~4  mol/L)/0.78  atm  =  6.8  x  10  4  mol/L-atm.  It  the  partial  pressure  of 
Nt  is  doubled,  Henry's  law  predicts  that  the  solubility  in  water  at  2^  C  will  also 
double,  to  L.06  X  10~3  M. 

Bottlers  use  the  effect  of  pressure  on  solubility  in  producing  carbonated 
beverages  such  as  beer  and  many  soft  drinks.  These  are  bottled  under  a  carbon 
dioxide  pressure  greater  than  I  atm.  When  the  bottles  are  opened  to  the  air,  the 
partial  pressure  of  C02  above  the  solution  decreases.  Hence,  the  solubility  of 
C02  decreases,  and  C02  bubbles  out  of  the  solution  (Figure  13. 15  ►). 

(a) 

(b) 

▲  Figure  13.14   Effect  of  pressure  on  gas 
solubility.  When  the  pressure  is  increased,  as  in 
(b),  the  rate  at  which  gas  molecules  enter  the 
solution  increases.  The  concentration  of  solute 
molecules  at  equilibrium  increases  in  proportion 
to  the  pressure. 

▲  Figure  13.15  Solu         ureases  as 
pressure  decreases. 
solution  when  a  carbonated     erage  is  opened, 
because  the  C02  partw!  pressure  above  the 
solution  is  i (  due  d 
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ANIMATION 

Henry's  Law 
■■  SAMPLE  EXERCISE  13.3  |  A  Henry's  Law  Calculation 
Calculate  the  concentration  of  C02  in  a  soft  drink  that  is  bottled  with  a  partial  pres- 

sure of  C02  of  4.0  atm  over  the  liquid  at  25'JC.  The  Henry's  law  constant  for  C02  in 
water  at  this  temperature  is  3.1  x  10  mol/L-atm. 
Solution 

Analyze:  We  are  giv  en  the  partial  pressure  of  C02,  Pco  ,  «md  the  Henry's  law  con- 
stant, k,  and  asked  to  calculate  the  concentration  of  C02  in  the  solution. 

Plan:  With  the  information  given,  we  can  use  Henry's  law,  Equation  13.4,  to  calcu- late the  solubility,  Sc  ( >, . 

Solve:  SCo2  =  kPL\h  =  (3.1  x  10  2  mol/L-atm) (4.0  atm)  =  0.12mol/L  =  0.12  M 
Check:  The  units  are  correct  for  solubility,  and  the  answer  has  two  significant  figures 

consistent  with  both  the  partial  pressure  of  C02  and  the  value  of  Henry's  constant. 

H  PRACTICE  EXERCISE 

Calculate  the  concentration  of  C02  in  a  soft  drink  after  the  bottle  is  opened  and  equi- 
librates at  25°C  under  a  CO2  partial  pressure  of  3.0  x  10  4  atm. 

Answer:  c>.3  <  10  6  M 

Temperature  Effects 

The  solubility  of  most  solid  solutes  in  water  increases  as  the  temperature  of  the  solution 
increases.  Figure  13.17  ►  shows  this  effect  for  sev  eral  ionic  substances  in  water. 

There  are  exceptions  to  this  rule,  however,  as  seen  for  Ce2(S04)3,  whose  solu- 
bility curve  slopes  downward  with  increasing  temperature. 

In  contrast  to  solid  solutes,  the  solubility  of  gases  in  water  decreases  with  in- 
creasing temperature  (Figure  13.18  ►).  If  a  glass  of  cold  tap  water  is  warmed, 

bubbles  of  air  are  seen  on  the  inside  of  the  glass.  Similarly,  carbonated  bever- 
ages go  flat  as  they  are  allowed  to  warm;  as  the  temperature  of  the  solution 

increases,  the  solubility  of  COt  decreases  and  COo^)  escapes  from  the  solu- 
tion. The  decreased  solubility  of  O2  in  water  as  temperature  increases  is  one 

of  the  effects  of  thermal  pollution  of  lakes  and  streams.  The  effect  is  particularly 

CHEMISTRY  AND  LIFE  |  Blood  Gases  and  Deep-Sea  Diving 

Because  the  solubility  of  gases  increases  with  increasing  pres- 
sure, divers  who  breathe  compressed  air  (Figure  13.16  ►) 

must  be  concerned  about  the  solubility  of  gases  in  their  blood.  Al- 
though the  gases  are  not  very  soluble  at  sea  level,  their  solubilities 

can  become  appreciable  at  deep  lev  els  where  their  partial  pres- 
sures are  greater.  Thus,  deep-sea  div  ers  must  ascend  slowly  to 

prevent  dissolved  gases  from  being  released  rapidly  from  blood 
and  other  fluids  in  the  body.  These  bubbles  affect  nerve  impulses 
and  give  rise  to  the  affliction  known  as  decompression  sickness, 

or  "the  bends,"  which  is  painful  and  can  be  fatal.  Nitrogen  is  the 
main  problem  because  it  has  the  highest  partial  pressure  in  air 

and  because  it  can  be  removed  only  through  the  respiratory  sys- 
tem. Oxygen,  in  contrast,  is  consumed  in  metabolism. 
Deep-sea  divers  sometimes  substitute  helium  for  nitrogen 

in  the  air  that  they  breathe,  because  helium  has  a  much  lower 
solubility  in  biological  fluids  than  N2.  For  example,  divers 
working  at  a  depth  of  100  ft  experience  a  pressure  of  about 
4  atm.  At  this  pressure  a  mixture  of  95%  helium  and  5%  oxy- 

gen will  give  an  oxygen  partial  pressure  of  about  0.2  atm, 
whit  h  is  the  partial  pressure  of  oxygen  in  normal  air  at  1  atm. 
II  the  oxygen  partial  pressure  becomes  too  great,  the  urge  to 

▲  Figure  13.16  Solubility  increases  as  pressure  increases.  Divers 
who  use  compressed  gases  must  be  concerned  about  the  solubility  of  the 
gases  in  their  blood. 

breathe  is  reduced,  C02  is  not  removed  from  the  body  and 

C02  poisoning  occurs.  At  excessive  concentrations  in  the 
body,  carbon  dioxide  acts  as  a  neurotoxin,  interfering  with 
nerve  conduction  and  transmission. 
Related  Exercises:  13.53,  13.54,  13.100 
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A  Figure  13.17  Solubilities  of  several  ionic  compounds  in 
water  as  a  function  of  temperature. 
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▲  Figure  13.18   Variation  of  gas  solubility  with 
temperature.  Note  that  solubilities  are  in  units  of  millimoles  per  liter 
(mmol  L),  for  a  constant  total  pressure  of  I  atm  in  the  gas  phase 

serious  in  deep  lakes  because  warm  water  is  less  dense  than  cold  water.  It 

therefore  tends  to  remain  on  top  of  cold  water,  at  the  surface.  I  his  situation 

impedes  the  dissolving  of  oxygen  into  the  deeper  layers,  thus  stifling  the  res- 
piration of  all  aquatic  life  needing  oxygen.  Fish  may  suffocate  and  die  under 

these  conditions. 

Q    GIVE  IT  SOME  THOUGHT 

Why  do  bubbles  form  on  the  inside  wall  of  a  cooking  pot  when  water  is  heated  on 
the  stove,  even  though  the  temperature  is  well  below  the  boiling  point  of  water? 

13.4  |  Ways  of  Expressing  Concentration  

The  concentration  or  a  solution  can  be  expressed  either  qualitatively  or  quantita- 
tively. The  terms  dilute  and  concentrated  are  used  to  describe  a  solution  qualitative- 

ly. Asolution  with  a  relatively  small  concentration  of  solute  is  said  to  be  dilute;  one 
with  a  large  concentration  is  said  to  be  concentrated.  We  use  several  different 
ways  to  express  concentration  in  quantitative  terms,  and  we  examine  tour  of  these 
in  this  section:  mass  percentage,  mole  fraction,  molarity,  and  molality. 

Mass  Percentage,  ppm,  and  ppb 

One  of  the  simplest  quantitative  expressions  of  concentration  is  the  mass  per- 
centage of  a  component  in  a  solution,  given  by 

mass  of  component  in  soln 
Mass  %  of  component  =  -  x  100  113.5] total  mass  of  soln 

where  we  have  abbreviated  "solution"  as  "soln."  Thus,  a  solution  of  hydrochlo- 
ric acid  that  is  36%  HCI  by  mass  contains  36  g  of  HO  for  each  100  g  of  solution. 
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We  often  express  the  concentrations  of  very  dilute  solution  in  parts  per  mil- 
lion (ppm),  defined  as 

mass  of  component  in  soln 
ppm  of  component  =  -  -  X  10  [  1 3.6] total  mass  of  soln 

A  solution  whose  solute  concentration  is  1  ppm  contains  1  g  of  solute  for  each 

million  (10h)  grams  of  solution  or,  equivalently,  1  mg  of  solute  per  kilogram  of 
solution.  Because  the  density  of  water  is  1  g/mL,  1  kg  of  a  dilute  aqueous  solu- 

tion will  have  a  volume  very  close  to  1  L.  Thus,  1  ppm  also  corresponds  to  1  mg 
of  solute  per  liter  of  solution.  The  acceptable  maximum  concentrations  of  toxic 
or  carcinogenic  substances  in  the  environment  are  often  expressed  in  ppm.  For 
example,  the  maximum  allowable  concentration  of  arsenic  in  drinking  water  in 

the  United  States  is  0.010  ppm;  that  is,  0.010  mg  of  arsenic  per  liter  of  water. 
For  solutions  that  are  even  more  dilute,  parts  per  billion  (ppb)  is  used.  A 

concentration  of  1  ppb  represents  1  g  of  solute  per  billion  (109)  grams  of  solu- 
tion, or  1  microgram  (jug)  of  solute  per  liter  of  solution.  Thus,  the  allowable 

concentration  of  arsenic  in  water  can  be  expressed  as  10  ppb. 

Q    GIVE  IT  SOME  THOUGHT 

A  solution  of  S02  in  water  contains  0.00023  g  of  S02  per  liter  of  solution.  What  is  the 
concentration  of  S02  in  ppm? 

■N  SAMPLE  EXERCISE  13.4  |  Calculation  of  Mass-Related  Concentrations 
(a)  A  solution  is  made  by  dissolving  13.5  g  of  glucose  (C6H]206)  in  0.100  kg  of  water. 
What  is  the  mass  percentage  of  solute  in  this  solution?  (b)  A  2.5-g  sample  of  ground- 

water was  found  to  contain  5.4  /ig  of  Zn~  * .  What  is  the  concentration  of  Zm*  in  parts 
per  million? 
Solution 
(a)  Analyze:  We  are  given  the  number  of  grams  of  solute  (13.5  g)  and  the  number  of 
grams  of  solvent  (0.100  kg  =  100  g).  From  this  we  must  calculate  the  mass  percent- 

age of  solute. Plan:  We  can  calculate  the  mass  percentage  by  using  Equation  13.5.  The  mass  of  the 
solution  is  the  sum  of  the  mass  of  solute  (glucose)  and  the  mass  of  solvent  (water). 
Solve: 

mass  glucose  13.5  g 
Mass  %  of  glucose  =  -  -  x  100  =  —  ^— —  x  100  =  11.9% &  mass  soln  13.5  g  +  100  g 

Comment:  The  mass  percentage  of  water  in  this  solution  is  (100  -  11.9)%  =  88.1%. 
(b)  Analyze:  In  this  case  we  are  given  the  number  of  micrograms  of  solute.  Because 

1  Mg  is  1  x  10~b  g,  5.4  Mg  =  5.4  X  10~6  g. Plan:  We  calculate  the  parts  per  million  using  Equation  13.6. 
Solve: 

mass  of  solute     „  .      5.4  x  10  g pom  =  — — -  x  10h  =   —   x  106  =  2.2  ppm 
mass  of  soln  2  ->  g 

■1  PRACTICE  EXERCISE 

(a)  Calculate  the  mass  percentage  of  NaCl  in  a  solution  containing  1.50  g  of  NaCl  in  50.0  g 
of  water,  (b)  A  commercial  bleaching  solution  contains  3.62  mass  %  sodium  hypochlorite, 
NaOCI.  What  is  the  mass  of  NaOCl  in  a  bottle  containing  2500  g  of  bleaching  solution? 
Answers:  (a)  2.917,,,  (b)  90.5  g  of  NaOCl 

Mole  Fraction,  Molarity,  and  Molality 

Concentration  expressions  are  often  based  on  the  number  of  moles  of  one  or 
more  components  of  the  solution.  The  three  most  commonly  used  are  mole 
fraction,  molarity,  and  molality. 
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Recall  from  Section  10.6  that  the  mole  fraction  of  a  component  of  a  solution  is 
given  by 

moles  of  component 
Mole  I  r,u  tu  m  i  >t  i.  umpi  nu'iit  [I  3.7] 

total  moles  of  all  components 

The  symbol  X  is  commonly  used  for  mole  traction,  with  a  subscript  to  indicate 

the  component  of  interest.  For  example,  the  mole  traction  of  HC1  in  a  hy- 
drochloric acid  solution  is  represented  as  Xhci-  I  bus,  a  solution  containing 

1.00  mol  of  HC1  (36.5  g)  am)  8.00  mol  of  water  (144  g)  has  a  mole  fraction  of  I ICI 

of  XHC]  =  (1.00  mol)/ (1.00  mol  •  8.00  mol)  0.111.  Mole  tractions  have  no 
units  because  the  units  in  the  numerator  and  the  denominator  cancel.  The  sum 

of  the  mole  tractions  ol  all  components  of  a  solution  must  equal  I .  Thus,  in  the 

aqueous  HCI  solution,  Xh2o  1-000  0.1  1  1  0.K8M.  Mole  tractions  are  very 
useful  when  dealing  with  gases  as  we  saw  in  Section  10.6  but  hav  e  limited  use 
when  dealing  with  liquid  solutions. 

Recall  from  Section  4.5  that  the  molarity  (Al)  of  a  solute  in  a  solution  is 
defined  as 

moles  solute 

Molarity  --  [13.8] liters  soln 

For  example,  if  you  dissolve  0.500  mol  ol  \a_>C  ( ) ;  in  enough  water  to  form  0.250  L 
of  solution,  then  the  solution  has  a  concentration  of  (0.500  mol)/((). 230  L) 

2.00  M  in  Na^COv  Molarity  is  especially  useful  for  relating  the  volume  of  a  solu- 
tion to  the  quantity  of  solute  it  contains,  as  we  saw  in  our  discussions  ol  titrations. 

The  molality  of  a  solution,  denoted  m,  is  a  unit  that  we  haven't 
encountered  in  previous  chapters.  I  his  concentration  unit  equals  the  number  of 
moles  of  solute  per  kilogram  of  solvent: 

,  ,  moles  of  solute 
Molal.ty  =  —   —  [13.9] kilograms  ot  solvent 

Thus,  if  you  form  a  solution  by  mixing  0.200  mol  ol  NaOI  I  (40.0  g)  and  0.500  kg 
of  water  (500  g),  the  concentration  of  the  solution  is  (0.200  mol)  (0300  kg) 
0.400  ///  (that  is,  0.400  molal)  in  NaOH. 

The  definitions  of  molarity  and  molality  are  similar  enough  that  they  t  an  be 

easily  confused.  Molarity  depends  on  the  volume  of  solution,  whereas  molality  de- 
pends on  the  mass  of  solvent.  When  water  is  the  solvent,  the  molality  and  molarity 

of  dilute  solutions  are  numerically  about  the  same  because  I  kg  of  solvent  is  near- 
ly the  same  as  1  kg  of  solution,  and  I  kg  of  the  solution  has  a  volume  ol  about  I  I  . 
The  molality  of  a  given  solution  does  not  vary  with  temperature  because 

masses  do  not  vary  with  temperature.  Molarity,  however,  changes  w  ith  temper- 
ature because  the  expansion  or  contraction  of  the  solution  changes  its  volume. 

Thus  molality  is  often  the  concentration  unit  of  choice  when  a  solution  is  to  be 

used  over  a  range  of  temperatures. 

9 GIVE  IT  SOME  Tl 

Would  it  be  correct  to  say  that  for  any  aqueous  solution  under  standard  conditions  of 

1  atm  and  25°C  the  molality  is  always  greater  than  the  molarity? 

■  SAMPLE  EXERCISE  13.5  |  Calculation  of  Molality 

A  solution  is  made  by  dissolving  4.35  g  glucose  (C„H  i;0„)  in  25.0  ml  of  water  at  25  (.'.  C  ak  ulate  the  molalitv  of  gli 
Solution 

Analyze:  We  are  asked  to  calculate  a  molalitv.  To  do  this,  we  must  determine  the  number  ol  moles 
number  of  kilograms  of  solv  ent  (water). 
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Plan:  We  use  the  molar  mass  of  CHpOf,  to  convert  grams  to  moles.  We  use  the  density  of  water  to  convert  milliliters  to  kilo- 
grams. The  molality  equals  the  number  of  moles  of  solute  divided  by  the  number  of  kilograms  of  solvent  (Equation  13.9). 

Solve:  Use  the  molar  mass  of  glu-  /  ]  mdQHpOf,  \ 
cose,  180.2  g/mol,  to  convert  grams  Mol  QH  ,2Oh  =  (4.35  g  QH^OJ  =  0.0241  mol  QHpOh 
to  moles:  \  180.2  g  C„H  1206/ 

Because  water  has  a  density  of 
1.00  g/mL,  the  mass  of  the  solvent  is  (25.0  mL)(  1.00  g/mL)  =  25.0  g  =  0.0250  kg 

Finally,  use  Equation  1 3>J  to  obtain  0.0241  molCf,Hp06 

the  molality:  Molality  of  C6H1206  =      Q  0250  kg  I-hO  ~  =  °'%4 
■i  PRACTICE  EXERCISE 

What  is  the  molality  of  a  solution  made  bv  dissolving  36.5  g  of  naphthalene  (CinHs)  in  425  g  of  toluene  (CyHg)? 
Answer:  0.670  in 

Conversion  of  Concentration  Units 

Sometimes  the  concentration  of  a  given  solution  needs  to  be  known  in  several 
different  concentration  units.  It  is  possible  to  interconvert  concentration  units 
as  shown  in  Sample  Exercises  13.6  and  13.7. 

Hi  SAMPLE  EXERCISE  13.6  |  Calculation  of  Mole  Fraction  and  Molality 

An  aqueous  solution  of  hydrochloric  acid  contains  36%  HC1  by  mass,  (a)  Calculate  the  mole  fraction  of  HC1  in  the  solution, 
(b)  Calculate  the  molality  of  HC1  in  the  solution. 

Solution 

Analyze:  We  are  asked  to  calculate  the  concentration  of  the  solute,  HC1,  in  two  related  concentration  units,  given  only  the  per- 
centage by  mass  of  the  solute  in  the  solution. 

Plan:  In  converting  concentration  units  based  on  the  mass  or  moles  of  solute  and  solvent  (mass  percentage,  mole  fraction,  and 

molality),  it  is  useful  to  assume  a  certain  total  mass  of  solution.  Let's  assume  that  there  is  exactly  100  g  of  solution.  Because  the  so- 
lution is  36%  HC1,  it  contains  36  g  of  HC1  and  (100  -  36)  g  =  64  g  of  H20.  We  must  convert  grams  of  solute  (HC1)  to  moles  in 

order  to  calculate  either  mole  fraction  or  molality  We  must  convert  grams  of  solvent  (H20)  to  moles  to  calculate  mole  fractions, 
and  to  kilograms  to  calculate  molality. 

Solve:  (a)  To  calculate  the  mole  /  1  mol  HC1  \ 

fraction  of  HC1,  we  convert  the  Moles  HQ  =  (36  g  HCl)^ ̂     HQ  J  =  0.99  mol  HC1 masses  of  HC1  and  H20  to  moles 
and  then  use  Equation  13.7:  ...     ..^      ...         „../  1  mol  H20  \ 
1  Moles  HoO  =  (64  e  H->0   —    =  3.6  mol  H-.0 

5    "   '\  18gH20  / 

_  moles  HC1  _      0.99       _  099 

HC1  ~  moles  H20  +  moles  HC1  ~  3.6  +  0.99  4.6 

(b)  To  calculate  the  molality  of  HC1 
in  the  solution,  we  use  Equa- 

tion 13.9.  We  calculated  the  number 

ot  moles  of  HC1  in  part  (a),  and  the  Mola%  of  HQ  =  0.99  mol  HQ  =  ^ 
mass  of  solvent  is  64  g  =  0.064  kg:  '  0.064  kg  H20 

M  PRACTICE  EXERCISE 

A  commercial  bleach  solution  contains  3.62  mass  %  NaOCl  in  water.  Calculate  (a)  the  molality  and  (b)  the  mole  fraction  of  NaOCl 
in  the  solution. 

Answers:  (a)  0.505  m,  (b)  9.00  X  10  3 

In  order  to  interconvert  molalitv  and  molarity,  we  need  to  know  the  densi- 
ty of  the  solution.  Figure  13.19  ►  outlines  the  calculation  of  the  molarity  and 

molality  of  a  solution  from  the  mass  of  solute  and  the  mass  of  solvent.  The  mass 
of  the  solution  is  the  sum  of  masses  of  the  solvent  and  solute.  The  volume  of  the 

solution  can  be  calculated  from  its  mass  and  density. 



13.4         Ways  of  Expressing  Concentn  tion 

Molality 

(mol/kg  solvent) 

Mass  of  solvent 

Figure  13.19   Calculating  mobl 
and  molarity.  This  diagram 
calculation  of  molality  and  molarity  from  the 
mass  of  the  solute,  the  mass  of  the  solvent, 
and  the  density  of  the  solution 
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H  SAMPLE  EXERCISE  13.7  |  Calculation  of  Molarity 

A  solution  contains  5.0  g  of  toluene  (C7HS)  and  225  g  of  benzene  and  has  a  density  of  0.876  g/mL.  Calculate  the  molarity  of  the  solution. 

Solution 

Analyze:  Our  goal  is  to  calculate  the  molarity  of  a  solution,  given  the  masses  of  solute  and  solvent  and  the  density  of  the  solution. 
Plan:  The  molarity  of  a  solution  is  the  number  of  moles  of  solute  divided  by  the  number  of  liters  of  solution  (Equation  13.8).  The 
number  of  moles  of  solute  (C7H8)  is  calculated  from  the  number  of  grams  of  solute  and  its  molar  mass.  The  volume  of  the  solu- 

tion is  obtained  from  the  mass  of  the  solution  (mass  of  solute  •  mass  of  solvent  =  5.0  g  +  225  g  =  230  g)  and  its  density. 

Solve:  The   number   of   moles  of 
solute  is 

The  density  of  the  solution  is  used 
to  convert  the  mass  of  the  solution 
to  its  volume: 

Molarity  is  moles  of  solute  per  liter 
of  solution: 

,  1  mol  C7H,.  , 

Moles C7H8  =  (5.0gC7HH)    no  =  0.054  mol 92  g  C7H 

Milliliters  soln  =  (23()g)(    1  m'    )     26.3  mL 

I  moles  C7HS\      / 0.054  mol  C7H8\/  1000  ml.  soln  , 
Molarity  =  — —        -    =    —  -    =  0.21  M \     tersoln    /      \    263  m  L  so  n    A      II.  so  n 

Check:  The  magnitude  of  our  answer 
is  reasonable.  Rounding  moles  to  0.05 
and  liters  to  0.25  gives  a  molarity  of  (0.05  mol)  (0.25  L)  =  0.2  M 

The  units  for  our  answer  (mol/L)  are  correct,  and  the  answer,  0.21M,  has  two  significant  figures,  corresponding  to  the  numbe 
significant  figures  in  the  mass  of  solute  (2). 

Comment:  Because  the  mass  ol  the 
solvent  (0.225  kg)  and  the  volume  ol 
the  solution  (0.263  L)  are  similar  in 

magnitude,  the  molarity  and  molali- 
ty are  also  similar  in  magnitude:  (0.054  mol  C7H8)/(0.225  kg  solvent)  =  0.24  m 

Mi  PRACTICE  EXERCISE 

A  solution  containing  equal  masses  of  glycerol  (C3H803)  and  water  has  a  density  of  1.10  g/mL.  (  alcula te  (a) 
erol,  (b)  the  mole  fraction  of  glycerol,  (c)  the  molarity  of  glycerol  in  the  solution. 

Answers:  (a)  10.9  m,  (b)  X<  .,'iso,  =  0.163,  (c)  5.97  M 
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13.5  |  Colligative  Properties  

Some  physical  properties  of  solutions  differ  in  important  ways  from  those  of 
the  pure  solvent.  For  example,  pure  water  freezes  at  0  C,  but  aqueous  solutions 
freeze  at  lower  temperatures.  Ethylene  glycol  is  added  to  the  water  in  radiators 
of  cars  as  an  antifreeze  to  lower  the  freezing  point  of  the  solution.  It  also  raises 
the  boiling  point  of  the  solution  abov  e  that  of  pure  water,  making  it  possible  to 
operate  the  engine  at  a  higher  temperature. 

The  lowering  of  the  freezing  point  and  the  raising  of  the  boiling  point  are 
physical  properties  of  solutions  that  depend  on  the  quantity  (concentration)  but 
not  the  kind  or  identity  of  the  solute  particles.  Such  properties  are  called 

colligative  properties.  (Colligative  means  "depending  on  the  collection";  col- 
ligative properties  depend  on  the  collectiv  e  effect  of  the  number  of  solute  parti- 

cles.) In  addition  to  the  decrease  in  freezing  point  and  the  increase  in  boiling 

point,  vapor-pressure  reduction  and  osmotic  pressure  are  colligative  proper- 
ties. As  we  examine  each  of  these,  notice  how  the  concentration  of  the  solute  af- 
fects the  property  relative  to  that  of  the  pure  solvent. 

ACTIVITY 

Raoult's  Law 

Vapor  pressure 

Vapor  pressure 

Solvent  +  solute 

(b) 

▲  Figure  13.20  Vapor-pressure 
lowering.  The  vapor  pressure  over  a  solution 
formed  by  a  volatile  solvent  and  a  nonvolatile 
solute  (b)  is  lower  than  that  of  the  solvent  alone 
(a).  The  extent  of  the  decrease  in  the  vapor 
pressure  upon  addition  of  the  solute  depends 
on  the  concentration  of  the  solute. 

Lowering  the  Vapor  Pressure 

We  learned  in  Section  11.5  that  a  liquid  in  a  closed  container  will  establish  an 

equilibrium  with  its  vapor.  When  that  equilibrium  is  reached,  the  pressure  ex- 

erted by  the  vapor  is  called  the  vapor  pressure.  A  substance  that  has  no  measur- 
able vapor  pressure  is  nonvolatile,  whereas  one  that  exhibits  a  vapor  pressure 

is  volatile. 

When  we  compare  the  vapor  pressures  of  various  solvents  with  those  of 
their  solutions,  we  find  that  adding  a  nonvolatile  solute  to  a  solvent  always 

lowers  the  vapor  pressure.  This  effect  is  illustrated  in  Figvire  13.20  A.  The  extent 
to  which  a  nonvolatile  solute  lowers  the  vapor  pressure  is  proportional  to  its 

concentration.  This  relationship  is  expressed  bv  Raoult's  law,  which  states  that 
the  partial  pressure  exerted  by  solvent  vapor  above  a  solution,  PA,  equals  the 
product  of  the  mole  fraction  of  the  solvent  in  the  solution,  XA,  times  the  vapor 

pressure  of  the  pure  solvent: 
\l  A 

[13.10] 

For  example,  the  vapor  pressure  of  water  is  17.5  torr  at  20°C.  Imagine  hold- 
ing the  temperature  constant  while  adding  glucose  (C^H^O^)  to  the  water  so 

that  the  resulting  solution  has  XH^Q  =  0.800  and  Xc6h1206  =  0.200.  According 

to  Equation  13.10,  the  vapor  pressure  of  water  over  the  solution  will  be  80.0°o 
of  that  of  pure  water: 

Pi 

=  (0.800H17.5  torr)  =  14.0  torr 

In  other  words,  the  presence  of  the  nonvolatile  solute  lowers  the  vapor  pressure 

of  the  volatile  solvent  by  17.5  torr  -  14.0  torr  =  3.5  torr. 

Raoult's  law  predicts  that  when  we  increase  the  mole  fraction  of  non- 
volatile solute  particles  in  a  solution,  the  vapor  pressure  over  the  solution  will 

be  reduced.  In  fact,  the  reduction  in  vapor  pressure  depends  on  the  total  con- 
centration of  solute  particles,  regardless  of  whether  they  are  molecules  or  ions. 

Remember  that  vapor-pressure  lowering  is  a  colligative  property,  so  it  depends 

on  the  concentration  of  solute  particles  and  not  on  their  kind.  The  simplest  ap- 

plications of  Raoult's  law  concern  solutes  that  are  nonvolatile  and  nonelec- 
trolytes.  We  consider  the  effects  of  volatile  substances  on  vapor  pressure  in  the 

"Closer  Look"  box  in  this  section,  and  we  will  consider  the  effects  of  electrolytes 
in  our  discussions  of  freezing  points  and  boiling  points. 
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Colligative  Properties 

Ideal  Solutions  with  Two  or  More  Volatile  Components 

O  olutions  sometimes  have  two  or  more  \  olatile  components. 

Gasoline,  for  example,  is a  complex  solution  containing  sev  - 
eral volatile  substances,  lb  gain  some  understanding  of  such 

mixtures,  consider  an  ideal  solution  containing  two  compo- 
nents, A  and  B.  The  partial  pressures  ot  A  and  15  vapors  above 

the  solution  are  given  by  Kaoult's  law  : 

PA  =  XAP%    and    PB  X,jP§ 

The  total  vapor  pressure  over  the  solution  is  the  sum  ot  the 
partial  pressures  of  each  volatile  component: 

P, 

=  Pa  +  P. XaPa  <■  *BP 

Consider,  for  example,  a  mixture  ol  benzene  ((.',, H„)  and 
toluene  (CyH*)  containing  1.0  mol  ol  benzene  and  2.0  mol  ol 

toluene  (Xbl.n  =  0.33  and  Xt(,|  0.67).  At  20  C  the  vapor  pres- 
sures of  the  pure  substances  are 

Benzene:     Pbt.n  =  75  torr 

Toluene:     Pto|      22  torr 

Thus,  the  partial  pressures  of  ben/ene  and  toluene  above  the 
solution  are 

/'bm  =  (033)(7S  torr)     25  torr 

Ptol  =  (0.67)(22  torr)  =  15  torr 

The  total  vapor  pressure  is 

Ptotal  =  25  torr  t  15  torr  =  40  torr 

The  vapor,  therefore,  is  richer  in  ben/ene,  the  more 
volatile  component.  The  mole  fraction  ot  ben/ene  in  the  vapor 
is  given  by  the  ratio  of  its  vapor  pressure  to  the  total  pressure 
(Equation  10. 15): 

ben 

Xt,en  in  vapor  = 
'  uit.ii 

25  torr 

40  torr 
0.63 

Although  ben/ene  constitutes  only  33"..  of  the  molecules  in  the 
solution,  it  makes  up  63%  of  the  molecules  in  the  vapor. 

When  ideal  solutions  are  in  equilibrium  with  their  v  apor.  the 

more  volatile  component  ot  the  mixture  u  ill  be  relativ  eh'  rii  hei 
in  the  vapor.  I  his  fact  tonus  the  basis  ol  distillation,  a  technique 
used  to  separate  (or  partialis  separate)  mixtures  containing 
volatile  components.  Distillation  is  the  procedure  bv  w  hich  a 
moonshiner  obtains  whiskey  using  a  still  and  by  which  petro- 

chemical plants  achieve  the  separation  ot  crude  petroleum  into 
gasoline,  diesel  fuel,  lubricating  oil,  and  so  forth  (i  igure  I  3.21  T) 
It  is  also  used  routinely  on  a  small  scale  in  the  laboratory.  A  spe- 

cially designed  fractional  distillation  apparatus  can  achieve  in  a 
single  operation  a  degree  ot  separation  that  would  be  equivalent 
to  several  successive  simple  distillations. 
Related  Exercises:  13.59,  13.61,  13.62 

▲  Figure  13.21    Separating  volatile  components.  In  an  industrial 
distillation  tower,  such  as  the  ones  shown  here,  the  components  of  a  volatile 
organic  mixture  are  separated  according  to  boiling-point  range. 

B  SAMPLE  EXERCISE  13.8  |  Calculation  of  Vapor-Pressure  Lowering 

Glycerin  (C^H.sO^)  is  a  nonvolatile  nonelectrolyte  with  a  density  of  1 .26  g/mL  at  25  C.  C  alculate  the  vapor  pressure  at  25°C  of  a  solu 
Hon  made  by  adding  50.0  mL  of  glycerin  to  500.0  mL  of  water.  The  vapor  pressure  of  pure  water  at  25  C  is  23.8  torr  (  Appendix  F3 1 

Solution 

Analyze:  Our  goal  is  to  calculate  the  vapor  pressure  ot  a  solution,  given  the  volumes  of  solute  and  solvent  and  the  densit\  of  tl 
solute. 

Plan:  We  can  use  Raoult's  law  (Equation  13.10)  to  calculate  the  vapor  pressure  of  a  solution.  The  mole  fra<  tion  ol  the  s 
the  solution,  XA,  is  the  ratio  of  the  number  of  moles  of  solvent  (I  hO)  to  total  solution  (moles  C  |H803  •  moles  II  u 

Solve:  To  calculate  the  mole  trac- 
tion of  water  in  the  solution,  we 

must  determine  the  number  of 
moles  of  C3H803  and  H2C: 

Moles  C3H803  (50.0  mLC3H803 

Moles  hhO  =  (500.0  mL  H2Q) 

26gC3H803  \/  I  mol  (   1 1st  1 

X 
mol  H90 

I  mLC3H803  /\92.1  g<   1 l*<  1 
1.00gH2O\/  1  mol  rjjO 

1  mL  H20  /\  18.0  g  H2O 

27.8 
H9O 

mol  H:0  t  molC3H803     27.8  4  0.684 
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We  now  use  Raoult's  law  to  calcu- 
late the  vapor  pressure  of  water  for 

the  solution:  PH,o  =  Xh,o^h,o  =  (0.976) (23.8  torr)  =  23.2  torr 

The  vapor  pressure  of  the  solution  has  been  lowered  by  0.6  torr  relative  to  that  of  pure  water. 

MM  PRACTICE  EXERCISE 

The  vapor  pressure  of  pure  water  at  110°C  is  1070  torr.  A  solution  of  ethylene  glycol  and  water  lias  a  vapor  pressure  of  1.00  atm  at 
T10°C.  Assuming  that  Raoult's  law  is  obeved,  what  is  the  mole  fraction  of  ethylene  glycol  in  the  solution? Aitsicer:  0.290 

An  ideal  gas  obeys  the  ideal-gas  equation  (Section  10.4),  and  an  ideal  solu- 

tion obe\  s  Raoult's  law.  Real  solutions  best  approximate  ideal  behavior  when 
the  solute  concentration  is  low  and  when  the  solute  and  solvent  have  similar 

molecular  sizes  and  similar  types  of  intermolecular  attractions. 

Many  solutions  do  not  obey  Raoult's  law  exactly:  They  are  not  ideal  solutions. If  the  intermolecular  forces  between  solvent  and  solute  are  weaker  than  those 

between  solvent  and  solvent  and  between  solute  and  solute,  then  the  solvent  vapor 

pressure  tends  to  be  greater  than  predicted  bv  Raoult's  law.  Converselv,  when  the 
interactions  between  solute  and  solvent  are  exceptionally  strong,  as  might  be  the 

case  when  hydrogen  bonding  exists,  the  solvent  vapor  pressure  is  lower  than 

Raoult's  law  predicts.  Although  you  should  be  aware  that  these  departures  from 
ideal  solution  occur,  we  will  ignore  them  for  the  remainder  of  this  chapter. 

0    GIVE  IT  SOME  THOUGHT 
*  i 

In  Raoult's  law,  PA  =  XkP%,  what  concentration  unit  is  used  for 

atm 

— 
— 

triple  point 
of  solution 

AT, 

Freezing  point 
of  solution 
Freezing  point 
of  solvent 

Temperature 

▲  Figure  13.22   Phase  diagrams  for 
a  pure  solvent  and  for   solution  of  a 
nonvolatile  solute.  The  vapor  pressure  of  the 
solid  solvent  is  unaffected  by  the  presence  of 
solute  if  the  solid  freezes  out  without  containing  a 
significant  concenti'Mon  of  solute,  as  is  usually 
the  case. 

Boiling-Point  Elevation 

In  Sections  11.5  and  11.6  we  examined  the  vapor  pres- 
sures of  pure  substances  and  how  they  can  be  used  to 

construct  phase  diagrams.  How  will  the  phase  dia- 
gram of  a  solution,  and  hence  its  boiling  and  freezing 

points,  differ  from  those  of  the  pure  solvent?  The  addi- 
tion of  a  nonvolatile  solute  lowers  the  vapor  pressure 

of  the  solution.  Thus,  as  shown  in  Figure  13.22  A,  the 

vapor-pressure  curve  of  the  solution  (blue  line)  will  be 
shifted  downward  relative  to  the  vapor-pressure  curve 

of  the  pure  liquid  (black  line);  at  any  given  tempera- 
ture the  vapor  pressure  of  the  solution  is  lower  than 

that  of  the  pure  liquid.  Recall  that  the  normal  boiling 
point  of  a  liquid  is  the  temperature  at  which  its  vapor 

pressure  equals  1  atm.  (Section  1  1.5)  At  the  normal 
boiling  point  of  the  pure  liquid,  the  vapor  pressure  of 
the  solution  will  be  less  than  1  atm  (Figure  13.22). 

Therefore,  a  higher  temperature  is  required  to  attain  a 

vapor  pressure  of  1  atm.  Thus,  the  boiling  point  of  the  so- 
lution is  higher  than  that  of  the  pure  liquid. 

The  increase  in  boiling  point  relative  to  that  of  the  pure  solvent,  AT;,,  is  di- 

rectly proportional  to  the  number  of  solute  particles  per  mole  of  solvent  mole- 
cules. We  know  that  molality  expresses  the  number  of  moles  of  solute  per 

1000  g  of  solvent,  which  represents  a  fixed  number  of  moles  of  solvent.  Thus, 

AT/,  is  proportional  to  molality: 

Solution 

Boiling  point 
of  solution 

Boiling  point 
of  solvent 

AT,, 

AT,,  =  Ki,m [13.11] 
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TABLE  13.4  Molal  Boiling-Point-Elevation  and  Freezing-Point-Depression 
Constants 

IMUriltal >  oriiiti  1 
Rn  i  1  i  11  p k 

Solvent Point  (°C) 

(°C/m) 
Point  (  (  1 

(°C/w) 

Water,  H20 100.0 0.31 
0.0 

1 .86 

Benzene,  ChH,, 80. 1 2.53 3.3 

3.12 

Ethanol,  C2H5OH 7S.4 1  2  2 1  14.6 1 .99 

Carbon  tetrachloride,  CCI4 76.  S 

3.02 

-22.3 

2C>.8 

Chloroform,  CI  IC  1  ; 61.2 3.63 

-63.5 

4.68 

The  magnitude  of  K[,,  which  is  called  the  molal  boiling-point-elevation  con- 
stant, depends  only  on  the  solvent.  Some  typical  values  for  several  common 

solvents  are  given  in  Iable  I  3.4  ▲. 

For  water,  Kj,  is  0.51  Cm;  therefore,  a  I  m  aqueous  solution  of  sucrose  or 
any  other  aqueous  solution  that  is  1  ni  in  nonvolatile  solute  particles  will  boil 

0.51°C  higher  than  pure  water.  The  boiling-point  elevation  is  proportional  to 
the  concentration  of  solute  particles,  regardless  of  whether  the  particles  are 
molecules  or  ions.  When  NaCI  dissolves  in  water,  2  mol  of  solute  particles 

(1  mol  of  Na '  and  1  mol  of  CI  )  are  formed  for  each  mole  of  NaCI  that  dis- 
solves. Therefore,  a  1  ///  aqueous  solution  of  NaCI  is  I  ///  in  \a  and  I  ///  in  CI  , 

making  it  2  m  in  total  solute  particles.  As  a  result,  the  boiling-point  elevation  of 

a  1  in  aqueous  solution  of  NaC  I  is  approximately  (2  ;?;)(0.51  C/m)  -  1  C,  twice 
as  large  as  a  1  ///  solution  of  a  nonelectrolyte  such  as  sucrose.  I  hus,  to  properly 

predict  the  effect  of  a  particular  solute  on  the  boiling  point  (or  any  other  col- 
ligative  propertv),  it  is  important  to  know  whether  the  solute  is  an  electrolyte  or 
a  nonelectrolyte. 

0 GIVE  IT  SOME  THOUGHT 

An  unknown  solute  dissolved  in  water  causes  the  boiling  point  to  increase  by  0.5 1°C. 
Does  this  mean  that  the  concentration  of  the  solute  is  1.0  ml 

ACTIVITY 

^rn)    Boiling-Point  Elevation  and  Freezing  Point 

Depression 

Boiling-Point  Elevation 

Freezing-Point  Depression 

When  a  solution  freezes,  crystals  ol  pure  solvent  usually  separate  out;  the 
solute  molecules  are  not  normally  soluble  in  the  solid  phase  of  the  solvent. 

When  aqueous  solutions  are  partially  frozen,  for  example,  the  solid  that  sepa- 
rates out  is  almost  always  pure  ice.  As  a  result,  the  part  ol  the  phase  diagram  in 

Figure  13.22  that  represents  the  vapor  pressure  of  the  solid  is  the  same  as  that 

for  the  pure  liquid.  The  vapor-pressure  curves  for  the  liquid  and  solid  phases  ̂ |  Freezing-Point  Depression 
meet  at  the  triple  point.  In  Figure  13.22  we  see  that  the  triple 
point  of  the  solution  must  be  at  a  lower  temperature  than  that  in  the  pure  liquid 
because  the  solution  has  a  lower  vapor  pressure  than  the  pure  liquid. 

The  freezing  point  of  a  solution  is  the  temperature  at  which  the  first  crystals 
of  pure  solvent  begin  to  form  in  equilibrium  with  the  solution.  Recall  from 

Section  11.6  that  the  line  representing  the  solid-liquid  equilibrium  rises  nearly 
vertically  from  the  triple  point.  Because  the  triple-point  temperature  of  the  so- 

lution is  lower  than  that  of  the  pure  liquid,  the  freezing  point  of  the  solution  is 
lower  than  Hint  of  the  pure  liquid. 

Like  the  boiling-point  elevation,  the  decrease  in  freezing  point,  XI) ,  is  di- 
rectly proportional  to  the  molality  of  the  solute: 

hTf  -  Kftn 
13.12 
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The  values  of  Kf,  the  molal  freezing-point-depression  constant,  for  several 

common  solvents  are  given  in  Table  13.4.  For  water,  Kf  is  1.86°C/m;  therefore,  a 
1  ///  aqueous  solution  of  sucrose  or  any  other  aqueous  solution  that  is  1  m  in 

nonvolatile  solute  particles  (such  as  0.5  ///  NaCl)  will  freeze  1.86'C  lower  than 
pure  water.  The  freezing-point  lowering  caused  by  solutes  explains  the  use  of 
antifreeze  in  cars  (Sample  Exercise  13.8)  and  the  use  of  calcium  chloride  (CaCl2) 
to  melt  ice  on  roads  during  winter. 

H  SAMPLE  EXERCISE  13.9  |  Calculation  of  Boiling-Point  Elevation  and  Freezing- Point  Lowering 

Automotive  antifreeze  consists  of  ethylene  glycol  (C2Hh02),  a  nonvolatile  nonelec- 
trolyte.  Calculate  the  boiling  point  and  freezing  point  of  a  25.0  mass  %  solution  of 

ethylene  glycol  in  water. 
Solution 

Analyze:  We  are  given  that  a  solution  contains  25.0  mass  %  of  a  nonvolatile,  nonelec- 
trolyte  solute  and  asked  to  calculate  the  boiling  and  freezing  points  of  the  solution.  To 
do  this,  we  need  to  calculate  the  boiling-point  elevation  and  freezing-point  depression. 
Plan:  In  order  to  calculate  the  boiling-point  elevation  and  the  freezing-point  depres- 

sion using  Equations  13.11  and  13.12,  we  must  express  the  concentration  of  the  solu- 
tion as  molality  Let's  assume  for  convenience  that  we  have  1000  g  of  solution. 

Because  the  solution  is  25.0  mass  %  ethylene  glycol,  the  masses  of  ethylene  glycol  and 
water  in  the  solution  are  250  and  750  g,  respectively.  Using  these  quantities,  we  can 
calculate  the  molality  of  the  solution,  which  we  use  with  the  molal  boiling-point- 
elevation  and  freezing-point-depression  constants  (Table  13.4)  to  calculate  AT/,  and 
ATV.  We  add  AT/,  to  the  boiling  point  and  subtract  ATf  from  the  freezing  point  of  the 
solvent  to  obtain  the  boiling  point  and  freezing  point  of  the  solution. 
Solve:  The  molality  of  the  solution  is  calculated  as  follows: 

moles  C2H6Q2  _  /  250  g  C2H6Q2  V 1  mol  C2H6Q2  V 1000  g  H2Q\ 

M°aity  ~  kilograms  H20  ~  \    750  g  H20   A62-1  8  C2H6°2/\  1  k§  H2°  / 
=  5.37  m 

We  can  now  use  Equations  13.11  and  13.12  to  calculate  the  changes  in  the  boiling  and 
freezing  points: 

AT,,  =  Kbm  =  (0.51°C/m)  (5.37  m)  =  2.7°C 

AT/  =  K  fin  =  (1.86°C/m)  (5.37m)  =  10.0°C 
Hence,  the  boiling  and  freezing  points  of  the  solution  are 

Boiling  point  =  (normal  bp  of  solvent)  +  AT, 

=  100.0°C  +  2.7°C  =  102.7°C 

Freezing  point  =  (normal  fp  of  solvent)  -  !Tt 

=  0.0°C  -  10.0°C  =  -10.0°C 

Comment:  Notice  that  the  solution  is  a  liquid  over  a  larger  temperature  range  than 

the  pure  solvent. 

NH  PRACTICE  EXERCISE 

Calculate  the  freezing  point  of  a  solution  containing  0.600  kg  of  CHCI3  and  42.0  g  of 
eucalyptol  (CiqH180),  a  fragrant  substance  found  in  the  leaves  of  eucalyptus  trees. 
(See  Table  13.4.) 

Answer:  -65.6°C 

IB  SAMPLE  EXERCISE  13.10  |  Freezing-Point  Depression  in  Aqueous  Solutions 
List  the  following  aqueous  solutions  in  order  of  their  expected  freezing  point:  0.050  m 
CaCl2,  0.15  m  NaCl,  0.10  m  HC1,  0.050  m  HC2H302,  0.10  m  C12H22On. 

Solution 
Analyze:  We  must  order  five  aqueous  solutions  according  to  expected  freezing 
points,  based  on  molalities  and  the  solute  formulas. 
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Plan:  The  lowest  freezing  point  will  correspond  to  the  solution  with  the  greatest  con- 
centration of  solute  particles.  To  determine  the  total  concentration  of  solute  particles 

in  each  case,  we  must  determine  whether  the  substance  is  a  nonelectrolvte  or  an  ele(  - 
trolvte  and  consider  the  number  ol  ions  formed  when  it  ionizes. 

Solve:  CaCl2,  NaCI,  and  HC1  are  strong  electrolytes,  I  KM  1 502  is  a  weak  electrol)  te. 
and  Ci2H220]|  is  a  nonelectrolvte.  The  molality  of  each  solution  in  total  particles  is  as 
follows: 

0.050  m  CaCb  =*  0.050  ///  in  C  a2  and  0.10  ;»  in  CI   =>  0. 1 5  m  in  particles 

0.15  111  NaCI  =*().]  5  in  Na   and  0.15  ni  in  CI   =»0.10  //;  in  particles 

0.10  111  I ICI  =>().!() ;//  1 1   and  0.10  m  in  CI   =>0.20  m  in  particles 

0.050  m  HC2H-*02  =»  weak  electrolyte  =>  between  0.050  m  and  0.10  m  in  partic  les 

0.10  in  C12H22O1 1  =>  nonelectrolvte  =>  0. 10  111  in  particles 

Because  the  freezing  points  depend  on  the  total  molality  of  particles  m  solution,  the 
expected  ordering  is  0. 1 5  m  NaC  I  (lowest  freezing  point),  0.10  m  HQ,  0.050  m  CaCU, 
0.10  m  C12H220|i ,  and  0.050  m  I  IC2H^02  (highest  freezing  point). 

■I  PRACTICE  EXERCISE 

Which  of  the  following  solutes  will  produce  the  largest  iru  rease  in  boiling  point  upon 
addition  to  1  kg  of  water:  1  mol  ol  C  o(N( ) ,) >,  2  mol  of  KQ,  5  mol  of  ethylene  glycol 
(C2H602)? 

Answer:  2  mol  of  KG  because  it  contains  the  highest  concentration  of  particles,  2  in  K( 
and  2 111  CI  ,  giving  4  m  in  all 

Osmosis 

Certain  materials,  including  many  membranes  in  biological  systems  and 
synthetic  substances  such  as  cellophane,  are  semipermeable.  When  in  contact 
with  a  solution,  they  allow  some  mole<  ules  to  pass  through  their  network  of 

tiny  pores,  but  not  others.  Most  important,  they  generally  allow  small  sol- 
vent molecules  such  as  water  to  pass  through,  but  block  larger  solute  mole- 

cules or  ions.  This  selectivity  gives  rise  to  some  interesting  and  important 
properties. 

Consider  a  situation  in  which  onlv  solvent  molecules  are  able  to  pass 
through  a  membrane.  If  such  a  membrane  is  placed  between  two  solutions  of 
different  concentration,  solvent  molecules  mov  e  in  both  directions  through  the 

membrane.  The  concentration  of  solvent  is  higher  in  the  solution  containing  less 

solute,  however,  so  the  rate  with  which  solvent  passes  from  the  less  concentrat- 
ed to  the  more  concentrated  solution  is  greater  than  the  rate  in  the  opposite  di- 

rection. Thus,  there  is  a  net  movement  ol  solvent  molecules  from  the  less 

concentrated  solution  into  the  more  concentrated  one.  In  this  process,  called 
osmosis,  the  net  movement  of  solvent  is  ahoai/s  toward  the  solution  with  the  higher 
solute  concentration. 

Osmosis  is  illustrated  in  Figure  13.23  ►.  Let's  begin  with  two  solutions  of 
different  concentration  separated  bv  a  semipermeable  membrane,  because  the 
solution  on  the  left  is  more  concentrated  than  the  one  on  the  right,  there  is  a  net 

movement  of  solvent  through  the  membrane  from  right  to  left,  as  if  the  solutions 

were  driv  en  to  attain  equal  concentrations.  As  a  result,  the-  liquid  levels  in  the 
two  arms  become  unequal.  Eventually,  the  pressure  difference  resulting  from 
the  unequal  heights  of  the  liquid  in  the  two  arms  becomes  so  large  that  the  net 
flow  of  solvent  ceases,  as  show  n  in  the  center  panel.  Alternatively,  we  may 
apply  pressure  to  the  left  arm  of  the  apparatus,  as  shown  in  the  panel  on  the 
right,  to  halt  the  net  flow  ol  solvent.  The  pressure  required  to  prev  ent  osmosis 

by  pure  solvent  is  the  osmotic  pressure,  77,  of  the  solution.  I  hi'  osmotic  pres- 
sure obeys  a  law  similar  in  form  to  the  ideal-gas  law,  ttV      nRl ,  where  V  is  the 

^  ANIMATION 

Osmosis  and  Osmotic  Pressure 
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OSMOSIS 

In  osmosis,  the  net  movement  of  solvent  is  always  toward  the  solution  with  the  higher  solute 

concentration.  There  is  a  net  movement  of  solvent  through  the  semipermeable  membrane,  as  if 
the  solutions  were  driven  to  attain  equal  concentrations.  The  difference  in  liquid  level,  and  thus 

pressure,  eventually  causes  the  flow  to  eease.  Applying  pressure  to  the  arm  with  the  higher 
liquid  level  can  also  halt  the  flow. 

Semipermeable 
membrane 

Dilute 

solution 

Concentrated 
solution 

A77 

Applied  pressure, 

77,  stops  net  move- ment of  solvent. 

Solution 

Semipermeable 
membrane 

Pure 
solvent 

Net  movement  of  solvent  from  the 
pure  solvent  or  a  solution  with  low 
solute  concentration  to  a  solution 
with  high  solute  concentration. 

Osmosis  stops  when  the  column  of  a 
solution  on  the  left  becomes  high  enough  | 

to  exert  sufficient  pressure  at  the 
membrane  to  counter  the  net  movement 
of  solvent.  At  this  point  the  solution  on 

the  left  has  become  more  dilute,  but  there 
still  exists  a  difference  in  concentrations 

between  the  two  solutions. 

Applied  pressure  on  the  left  arm  of 
the  apparatus  stops  net  movement 
of  solvent  from  the  right  side  of  the 
semipermeable  membrane.  This 
applied  pressure  is  the  osmotic 

pressure  of  the  solution. 

_ 

▲  Figure  13.23  Osmosis. 

volume  of  the  solution,  n  is  the  number  of  moles  of  solute,  R  is  the  ideal-gas 
constant,  and  T  is  the  temperature  on  the  Kelvin  scale.  From  this  equation,  we 
can  write 

—  |J 

[13.1- 

where  M  is  the  molarity  of  the  solution. 

If  two  solutions  of  identical  osmotic  pressure  are  separated  by  a  semiper- 
meable membrane,  no  osmosis  will  occur.  The  two  solutions  are  isotonic.  If  one 

solution  is  of  lower  osmotic  pressure,  it  is  hypotonic  with  respect  to  the  more 

concentrated  solution.  The  more  concentrated  solution  is  hypertonic  with  re- 
spect to  the  dilute  solution. 
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<  Figure  13.24  Osmosis  through  r . 
blood  cell  wall.  The  blue  arrows  r 
net  movement  of  water  molecules. 

(a)  Crenation  (b)  Hemolysis 

Q    GIVE  IT  SOME  THOUGHT 

Of  two  KBr  solutions,  one  0.5  m  and  the  other  0.20  m,  which  is  hypotonic  with  re- 
spect to  the  other? 

Osmosis  plays  a  very  important  role  in  hying  systems.  I  he  membranes  of 

red  blood  cells,  for  example,  are  semipermeable.  Placing  a  red  blood  cell  in  a  so- 

lution that  is  //i//'C/'tonic  relative  to  the  intracellular  solution  (the  solution  with- 
in the  cells)  causes  water  to  move  out  of  the  cell,  as  shown  in  Figure  1 3.24(a )  ▲. 

This  causes  the  cell  to  shrivel,  a  process  called  crenation.  Placing  the  cell  in  a 
solution  that  is  hypotonic  relative  to  the  intracellular  fluid  causes  water  to 

move  into  the  cell,  as  illustrated  in  Figure  1 3.24(b).  I  bis  causes  the  cell  to  rup- 
ture, a  process  called  hemolysis.  People  w  ho  need  body  fluids  or  nutrients  re- 

placed but  cannot  be  fed  orally  are  given  solutions  by  intravenous  (IV) 
infusion,  which  feeds  nutrients  directly  into  the  veins.  To  prevent  crenation  or 

hemolysis  of  red  blood  cells,  the  IV  solutions  must  be  isotonic  with  the  intra- 
cellular fluids  of  the  cells. 

MSAMPLEEXERCISE13.il  |  Calculations  Involving  Osmotic  Pressure 

The  average  osmotic  pressure  of  blood  is  7.7  atm  at  25°C.  What  concentration  of  glu- 
cose (C(lH120(l)  will  be  isotonic  with  blood? 

Solution 

Analyze:  We  are  asked  to  calculate  the  concentration  ol  glucose  in  water  that 
would  be  isotonic  with  blood,  given  that  the  osmotic  pressure  of  blood  at  25  C  is 
7.7  atm. 

Plan:  Because  we  are  given  the  osmotic  pressure  and  temperature,  we  can  solve  for 
the  concentration,  using  Equation  13.13. 
Solve: 

77  =  MRT 

77  7.7  atm  » „,  . . 
M  =  —  =    =  0.31  M 

RT      (  L-atm  \ 
0.0821-——  (298  K 
\  mol-K  / 

Comment:  In  clinical  situations  the  concentrations  of  solutions  are  generall)  ex 
pressed  as  mass  percentages.  The  mass  percentage  of  a  0.31  A/1  solution  of  glucose  is 
5.3%.  The  concentration  of  NaCl  that  is  isotonic  with  blood  is  0.16  M  because  NaCl 

ionizes  to  form  two  particles,  Na  v  and  CI  (a  0.155  M  solution  of  NaCl  is  0.310  M  in 
particles).  A  0.16  M  solution  of  NaCl  is  0.9  mass  ",,  in  NaCl.  this  kind  of  solution  is 
known  as  a  physiological  saline  solution. 

WM  PRACTICE  EXERCISE 

What  is  the  osmotic  pressure  at  20  C  of  a  0.0020  M  sucrose  (C^P^O, ,)  solution1 Answer:  0.04S  atm,  or  37  torr 
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There  are  many  interesting  biological  examples  of  osmosis.  A  cucumber 
placed  in  concentrated  brine  loses  water  via  osmosis  and  shrivels  into  a  pickle.  If 
a  carrot  that  has  become  limp  because  of  water  loss  to  the  atmosphere  is  placed  in 
water,  the  water  moves  into  the  carrot  through  osmosis,  making  it  firm  once 

again.  People  who  eat  a  lot  of  salty  food  retain  water  in  tissue  cells  and  intercel- 
lular space  because  of  osmosis.  The  resultant  swelling  or  puffiness  is  called  edema. 

Water  moves  from  soil  into  plant  roots  and  subsequently  into  the  upper  portions 
of  the  plant,  at  least  in  part  because  of  osmosis.  Bacteria  on  salted  meat  or  candied 
fruit  lose  water  through  osmosis,  shrivel,  and  die,  thus  preserving  the  food. 

The  movement  of  a  substance  from  an  area  where  its  concentration  is  high 

to  an  area  where  it  is  low  is  spontaneous.  Biological  cells  transport  not  only 

water,  but  also  other  select  materials  through  their  membrane  walls.  This  per- 
mits nutrients  to  enter  and  waste  materials  to  exit.  In  some  cases  substances 

must  be  moved  across  the  cell  membrane  from  an  area  of  low  concentration  to 

one  of  high  concentration.  This  movement — called  active  transport — is  not  spon- 
taneous, so  cells  must  expend  energy  to  do  it. 

Q    GIVE  IT  SOME  THOUGHT 

Which  would  have  the  higher  osmotic  pressure,  a  0.10  M  solution  of  NaCl  or  a 
0.10  M  solution  of  KBr? 

ACTIVITY 
Determination  of  Molar  Mass 

Molar  Mass  Determination  by  Freezing-Point 
Depression 

Determination  of  Molar  Mass 

The  colligative  properties  of  solutions  prov  ide  a  useful  means  of  experimental- 
ly determining  molar  mass.  Any  of  the  four  colligative  properties  can  be  used, 

as  shown  in  Sample  Exercises  13.12  and  13.13. 

1H  SAMPLE  EXERCISE  13.12  |  Molar  Mass  from  Freezing-Point  Depression 

A  solution  of  an  unknown  nonvolatile  electrolyte  was  prepared  bv  dissolving  0.250  g  of  the  substance  in  40.0  g  of  CC14.  The  boil- 
ing point  of  the  resultant  solution  was  0.357°C  higher  than  that  of  the  pure  solvent.  Calculate  the  molar  mass  of  the  solute. 

Solution 

Analyze:  Our  goal  is  to  calculate  the  molar  mass  of  a  solute  based  on  knowledge  of  the  boiling-point  elevation  of  its  solution  in 
CC14,  AT;,  =  0.357°C,  and  the  masses  of  solute  and  solvent.  Table  13.4  gives  Kb  for  the  solvent  (CC14),  Kt,  =  5.02°C/;;/. 
Plan:  We  can  use  Equation  13.11,  \Tt,  =  Kbm,  to  calculate  the  molality  of  the  solution.  Then  we  can  use  molality  and  the  quanti- 

ty of  solvent  (40.0  g  CC14)  to  calculate  the  number  of  moles  of  solute.  Finally,  the  molar  mass  of  the  solute  equals  the  number  of 
grams  per  mole,  so  we  divide  the  number  of  grams  of  solute  (0.250  g)  bv  the  number  of  moles  we  have  just  calculated. 

Solve:  From  Equation  13.11  we 
have 

Thus,  the  solution  contains  0.0711 

mol  of  solute  per  kilogram  of  sol- 
vent. The  solution  was  prepared 

using  40.0  g  =  0.0400  kg  of  solvent 
(CCI4).  The  number  of  moles  of 
solute  in  the  solution  is  therefore 

I  he  molar  mass  of  the  solute  is  the 

number  of  grams  per  mole  of  the 
substance: 

Molality 

AT;, 

0.357°C Kb  5.02°C/m 

0.0711  m 

0  Q711mol^ute  j  =  2.84  x  10"3  mol  solute kgCCl4  j 

Molar  mass  = 

0.250  g 

2.84  x  10~3  mol 

88.0  g/mol 

jm  PRACTICE  EXERCISE 

Campho         1 1  ](,0)  melts  at  I7M.8C,  and  it  has  a  particularly  large  freezing-point-depression  constant,  Kf  =  40.0°C/;n.  When 
0.186  g  of  a  1       ink  substance  of  unknown  molar  mass  is  dissolved  in  22.01  g  of  liquid  camphor,  the  freezing  point  of  the  mix- 

ture is  found  to  b<  I76.7"C.  What  is  the  molar  mass  of  the  solute? 
Answer:  1 10  g/mol 
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Colligative  Properties  of  Electrolyte  Solutions 

HP  he  colligative  proper  ties  of  solutions  depend  on  the  total 
1  concentration  ol  solute  particles,  regardless  of  whether  the 

particles  .ire  ions  or  molecules.  I  bus,  we  w  ould  expect  a 
0.100  m  solution  of  \aC  I  to  have  a  freezing-point  depression 

of  (0.200  m)(1.86°C/w)  -  0.372  C  because  it  is  0.100  m  in 

Na+(m/)  and  0.100  m  in  CI  (aq).  I  he  measured  freezing-point 
depression  is  only  0.348  (.  ,  however,  and  the  situation  is  simi- 

lar for  other  strong  electrolytes.  A  0.100  m  solution  of  kC  I,  for 
example,  freezes  at    0.144  C. 

The  difference  between  the  expected  and  observed  colliga- 
tive properties  for  strong  electrolytes  is  due  to  electrostatic  at- 

tractions between  ions.  As  the  ions  mo\  e  about  in  solution,  ions 

of  opposite  charge  collide  and  "stick  together"  for  brief  mo- 
ments. While  they  are  together,  they  behave  as  a  single  partic  le 

called  an  ion  pair  (Figure  1 3.25  T).  I  he  number  of  independent 

particles  is  thereby  reduced,  causing  a  reduction  in  the  freezing- 
point  depression  (as  well  as  m  the  boiling-poinf  elevation,  the 
vapor-pressure  reduction,  and  the  osmotic  pressure). 

w
 
 *
 

▲  Figure  13.25   Ion  pairing  and  colligative  properties.  A  solution  of 
NaCI  contains  not  only  separated  Na  (aq)  and  CI  (aq)  ions  but  ion  pairs  as 
well.  Ion  pairing  becomes  more  prevalent  as  the  solution  concentration 
increases  and  has  an  effect  on  all  the  colligative  properties  of  the  solution. 

One  measure  of  the  extent  to  w  hich  electrolytes  dissot  iate 

is  the  van't  Hoff  factor,  i.  This  factor  is  the  ratio  of  the  actual 
value  of  a  colligative  property  to  the  value  calculated,  assum- 

ing the  substance  to  be  a  nonelectrolyte.  Using  the  freezing- 
point  depression,  tor  example,  we  ha\  e 

A  / ,  (measured) 

A  ̂ (calculated  for  nonelectrolyte) 

The  ideal  value  ol  /  c  an  be  determined  for  a  salt  from  the  num- 
ber of  ions  per  formula  unit.  Tor  NaCI,  for  example,  the  ideal 

van't  Hoff  factor  is  2  because  \aCl  consists  of  one  Na  and 
one  CI  per  formula  unit;  tor  kiSO_|  it  is  3  because  k  -SO ,  con- 

sists of  two  K'  and  one  SO4"  .  In  the  absence  of  an)  informa- tion about  the  .it  tual  \  alue  ol  /  tor  a  solution,  we  will  use  the 
ideal  value  in  c  ak  ulations 

[able  1 3.5  ▼  gives  the  observed  van't  I  loll  fat  tors  for  se\  - 
eral  substances  at  different  dilutions.  Iwo  trends  are  e\  ident 
in  these  data,  hirst,  dilution  affects  the  value  ol  /  tor  elec- 

trolytes; the  more  dilute  the  solution,  the  more  closely  i  ap- 
proaches the  ideal  or  limiting  value.  I  bus,  the  extent  ol  ion 

pairing  in  electrolyte  solutions  decreases  upon  dilution  Sec- 
ond, the  lower  the  charges  on  the  ions,  the  less  ;  departs  from 

the  limiting  value  because  the  extent  of  ion  pairing  decreases 
as  the  ionic  charges  decrease.  Both  trends  are  consistent  with 
simple  electrostatics:  I  he  force  of  interaction  between  charged 
particles  decreases  as  their  separation  increases  and  .is  their 
charges  decrease. 
Related  Exercises:  13.75,  13.76,  13.94,  13.97 

Concentration I  imiting 

Compound l).l(K)  01 0.0100  m 0.00100  m Value 

Sucrose 
1.00 

1.00 

1.00 1.00 
Na<  I 1.87 1.94 1.97 

2.00 
k  .SO  1 

2.32 

2.70 
2.S4 

3.00 MgSQ4 1.21 1.53 1.82 

2.00 

■  SAMPLE  EXERCISE  13.13  |  Molar  Mass  from  Osmotic  Pressure 

The  osmotic  pressure  of  an  aqueous  solution  of  a  certain  protein  was  measured  in 

order  to  determine  the  protein's  molar  mass.  The  solution  contained  3.50  mg  of  pro- 
tein dissolved  in  sufficient  water  to  form  5.00  mL  of  solution.  I  he  osmotic  pressure  o( 

the  solution  at  25°C  was  found  to  be  1.54  torr.  Calculate  the  molar  mass  of  the  protein. 

Solution 

Analyze:  Our  goal  is  to  calculate  the  molar  mass  of  a  high-molecular-mass  protein,  based 
on  its  osmotic  pressure  and  a  know  ledge  of  the  mass  of  protein  and  solution  volume. 
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Plan:  The  temperature  (T  =  25°C)  and  osmotic  pressure  I  -  =  1.54  torr)  are  given, 
and  we  know  the  value  of  R  so  we  can  use  Equation  13.13  to  calculate  the  molarity  of 
the  solution,  M.  In  doing  so,  we  must  convert  temperature  from  C  to  K  and  the  osmot- 

ic pressure  from  torr  to  arm.  We  then  use  the  molarity  and  the  volume  of  the  solution 
(5.00  mL)  to  determine  the  number  (if  moles  of  solute.  Finally,  we  obtain  the  molar 
mass  by  dividing  the  mass  of  the  solute  (3.50  mg)  by  the  number  of  moles  of  solute. 
Solve:  Solving  Equation  13.13  lor  molarity  gives 

/  1  atm 
orr) 

Molarity  = 

77 

RT 

(1.54  torr) 
V  760  torr 

L-atm 

0.0821  — mol-K 

=  8.28  X  10~ 

■  mol 

298  K ) 

Because  the  volume  of  the  solution  is  5.00  ml  =  5.00  X  10  3  L,  the  number  of  moles 
of  protein  must  be 

Moles  =  (8.28  x  10^  mol/L)(5.00  x  10  3  L)  =  4.14  x  10  7  mol 
The  molar  mass  is  the  number  of  grams  per  mole  of  the  substance.  The  sample  has  a 

mass  of  3.50  mg  =  3.50  x  10-3  g.  The  molar  mass  is  the  number  of  grams  divided  by the  number  of  moles: 

grams        3.50  x  10~3g Molar  mass  =  — —  =  -  .        =  8.45  X  103g/mol moles      4.14  X  10  '  mol 

Comment:  Because  small  pressures  can  be  measured  easily  and  accurately,  osmotic 
pressure  measurements  provide  a  useful  way  to  determine  the  molar  masses  of  iarge 
molecules. 

BM  PRACTICE  EXERCISE 

A  sample  of  2.05  g  of  polystyrene  of  uniform  polymer  chain  length  was  dissolved  in 
enough  toluene  to  form  0.100  L  of  solution.  The  osmotic  pressure  of  this  solution  was 

found  to  be  1.21  kPa  at  25°C.  Calculate  the  molar  mass  of  the  polystyrene. 
Answer:  4.20  x  104g/mol 

13.6  I  Colloids 

When  finely  divided  clay  particles  are  dispersed  throughout  water,  they  even- 
tually settle  out  of  the  water  because  of  gravity.  The  dispersed  clay  particles  are 

much  larger  than  molecules  and  consist  of  many  thousands  or  even  millions  of 
atoms.  In  contrast,  the  dispersed  particles  of  a  solution  are  of  molecular  size. 
Between  these  extremes  lie  dispersed  particles  that  are  larger  than  molecules, 

but  not  so  large  that  the  components  of  the  mixture  separate  under  the  influ- 
ence of  gravity.  These  intermediate  types  of  dispersions  or  suspensions  are 

called  colloidal  dispersions,  or  simply  colloids.  Colloids  form  the  dividing  line 
between  solutions  and  heterogeneous  mixtures.  Like  solutions,  colloids  can  be 

gases,  liquids,  or  solids.  Examples  of  each  are  listed  in  Table  13.6  T. 

TABLE  13.6 
Types  of  Colloids 

Phase Dispersing 
Dispersed of  Colloid (solventlike)  Substance (solutelike)  Substance 

Colloid  Type Example 

C  las Gas Gas None  (all  are  solutions) 
( ,as Gas 

Liquid 
Aerosol 

Fog 

Gas Gas Solid 
Aerosol Smoke 

Liquid Liquid 
Gas Foam 

Whipped  cream 1  iquid 1  iquid 
Liquid 

Emulsion Milk 

Liquid Liquid 
Solid 

Sol 
Paint 

Solid 
Solid Gas Solid  foam Marshmallow 

Solid 
Solid 

Liquid 
Solid  emulsion Butter 

Solid Solid Solid Solid  sol Ruby  glass 
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The  size  of  the  dispersed  particles  is  used  to  classify  a  mixture  as  a  colloid. 
Colloid  particles  range  in  diameter  from  approximately  5  to  1000  nm.  Solute 
particles  are  smaller.  The  colloid  particle  may  consist  of  main  atoms,  ions,  or 

molecules,  or  it  may  even  be  a  single  giant  molecule.  I  he  hemoglobin  molecule, 
for  example,  which  carries  oxygen  in  blood,  has  molecular  dimensions  of 

65  A  X  55  A  /  50  A  and  a  molecular  weight  of  64,500  amu. 

Although  colloid  particles  may  be  so  small  that  the  dispersion  appears  uni- 
form even  under  a  microscope,  they  are  large  enough  to  scatter  light  vor\  effec- 

tively.  Consequently,  most  colloids  appear  cloudy  or  opaque  unless  the)  are  vcrv 
dilute.  (Homogenized  milk  is  a  colloid.)  Furthermore,  because  they  scatter  light,  a 
light  beam  can  be  seen  as  it  passes  through  a  colloidal  suspension,  as  shown  in 

Figure  13.26  ►.  This  scattering  of  light  by  colloidal  particles,  known  as  the 
Tyndall  effect,  makes  it  possible  to  see  the  light  beam  ol  an  automobile  on  a  dust\ 
dirt  road  or  the  sunlight  coming  through  a  forest  canopy  [Figure  13.27(a)  V|.  Not 
all  wavelengths  are  scattered  to  the  same  extent.  As  a  result,  brilliant  red  sunsets 
are  seen  when  the  sun  is  near  the  horizon  and  the  air  contains  dust,  smoke,  or 

other  particles  of  colloidal  size  [Figure  13.27(b)], 

A  Figure  13.26  Tyndall  effect  in  the 
laboratory.  The  glass  on  the  left  contains  a 
colloidal  suspension,  that  on  the  right  contains  a 
solution  The  path  of  the  beam  through  the  colloidal 
suspension  is  visible  because  the  light  is  scattered  by 
the  colloidal  particles,  tight  is  not  scattered  by  the 
individual  solute  molecules  in  the  solution 

A  Figure  13.27   Tyndall  effect  in  nature. 
(a)  Scattering  of  sunlight  by  colloidal  particles  in 
the  misty  air  of  a  forest,  (b)  The  scattering  of  light 
by  smoke  or  dust  particles  produces  a  rich  red 
sunset. 

Hydrophilic  and  Hydrophobic  Colloids 

The  most  important  colloids  are  those  in  which  the  dispersing  medium  is  water. 

These  colloids  may  be  hydrophilic  (water  loving)  or  hydrophobic  (water  fear- 
ing). Hydrophilic  colloids  are  most  like  the  solutions  that  we  have  pre\  ioiislv 

examined.  In  the  human  body  the  extremely  large  molecules  that 
make  up  such  important  substances  as  enzymes  and  antibodies 
are  kept  in  suspension  by  interaction  with  surrounding  water 

molecules.  The  molecules  fold  in  such  a  way  that  the  hy- 
drophobic groups  are  away  from  the  water  molecules,  on  the 

"inside"  of  the  folded  molecule,  while  the  hydrophilic,  polar 
groups  are  on  the  surface,  interacting  with  the  water  molecules. 

These  hydrophilic  groups  generally  contain  oxygen  or  nitrogen  and 
often  carry  a  charge.  Some  examples  are  shown  in  Figure  I  3.28  ►. 

Hydrophobic  colloids  can  be  prepared  in  water  only  il  they  are  stabi- 
lized in  some  way.  Otherwise,  their  natural  lack  ol  affinity  lor  water  causes 

them  to  separate  from  the  water.  I  lvdrophobic  colloids  can  be  stabilized  In  ad- 
sorption of  ions  on  their  surface,  as  shown  in  Figure  I  3.29  ►  (Adsorption  means 

to  adhere  to  a  surface.  It  differs  from  absorption,  w  hich  means  to  pass  into  the  in- 
terior, as  when  a  sponge  absorbs  water.)  These  adsorbed  ions  can  interact  w  ith 

water,  therebv  stabilizing  the  colloid.  At  the  same  time,  the  mutual  repulsion 

between  colloid  particles  w  ith  adsorbed  ions  of  the  same  i  harge  keeps  the'  par- 
ticles from  colliding  and  getting  larger. 

▲  Figure  13.28   Hydrophilic  colloids. 
Examples  of  hydrophilic  groups  on  the  surface 
of  a  giant  molecule  (macromolecule)  that 
help  to  keep  the  molecule  suspended  in  water. 
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►  Figure  13.29  Hydrophobic  colloids. 
Schematic  illustration  of  how  adsorbed  ions 
stabilize  a  hydrophobic  colloid  in  water. 
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Hydrophobic  colloids  can  also  be  stabilized  by  the  presence  of  hydrophilic 
groups  on  their  surfaces.  Small  droplets  of  oil  are  hydrophobic,  for  example,  so 
they  do  not  remain  suspended  in  water.  Instead,  they  aggregate,  forming  an  oil 
slick  on  the  surface  of  the  water.  Sodium  stearate  (Figure  13.30  <),  or  any  similar 
substance  having  one  end  that  is  hydrophilic  (polar,  or  charged)  and  one  that  is 
hydrophobic  (nonpolar),  will  stabilize  a  suspension  of  oil  in  water.  Stabilization 
results  from  the  interaction  of  the  hydrophobic  ends  of  the  stearate  ions  with  the 
oil  droplet  and  the  hydrophilic  ends  with  the  water  as  shown  in  Figure  13.31  ▼. 

Q    GIVE  IT  SOME  THOUGHT 

Why  don't  the  oil  droplets  emulsified  by  sodium  stearate  coagulate  to  form  larger  oil 
droplets? 

The  stabilization  of  colloids  has  an  interesting  application  in  our  own  diges-  i 
five  system.  When  fats  in  our  diet  reach  the  small  intestine,  a  hormone  causes  the 

gallbladder  to  excrete  a  fluid  called  bile.  Among  the  components  of  bile  are  com- 
pounds that  have  chemical  structures  similar  to  sodium  stearate;  that  is,  they 

have  a  hydrophilic  (polar)  end  and  a  hydrophobic  (nonpolar)  end.  These  com- 
pounds emulsify  the  fats  present  in  the  intestine  and  thus  permit  digestion  and 

absorption  of  fat-soluble  vitamins  through  the  intestinal  wall.  The  term  emulsify 

means  "to  form  an  emulsion,"  a  suspension  of  one  liquid  in  another,  as  in  milk, 
for  example  (Table  13.6).  A  substance  that  aids  in  the  formation  of  an  emulsion  is 
called  an  emulsifying  agent.  If  you  read  the  labels  on  foods  and  other  materials, 
you  will  find  that  a  variety  of  chemicals  are  used  as  emulsifying  agents.  These 

chemicals  typically  have  a  hydrophilic  end  and  a  hydrophobic  end. 

Sodium  s  tea  rate- 

Figure  13.30   Sodium  stearate. 

Na  + 

+  © 
V 

+ 
—    Hydrophobic  Hydrophilic 

end  end 

4 

+ 

Oil 
droplet + 

Water 

▲  Figure  13.31   Stabilization  of  an  emulsion  of  oil  in  water  by  stearate  ions. 
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Removal  of  Colloidal  Particles 

Colloidal  particles  frequently  must  be  removed  from  a  dispersing  medium,  as 
in  the  removal  of  smoke  from  stacks  or  butterfat  from  milk.  Because  colloidal 

particles  are  so  small,  they  cannot  be  separated  by  simple  filtration.  Instead,  the 

colloidal  particles  must  be  enlarged  in  a  process  called  coagulation.  The  resul- 
tant larger  particles  can  then  be  separated  by  filtration  or  merely  by  allowing 

them  to  settle  out  of  the  dispersing  medium. 

CHEMISTRY  AND  LIFE  I  Sickle-Cell  Anemia 

Our  blood  contains  a  complex  protein  called  hemoglobin 
that  carries  oxygen  from  our  lungs  to  other  parts  of  our 

body.  In  the  genetic  disease  known  as  sickle-cell  anemia,  hemo- 
globin molecules  are  abnormal  and  have  a  lower  solubility,  es- 

pecially in  their  unoxygenated  form.  Consequently,  as  much 
as  85%  of  the  hemoglobin  in  red  blood  cells  crystallizes  from 
solution. 

The  reason  for  the  insolubility  of  hemoglobin  in  sickle- 
cell  anemia  can  be  traced  to  a  structural  change  in  one  part  of 
an  amino  acid  side  chain.  Normal  hemoglobin  molecules 
have  an  amino  acid  in  their  makeup  that  has  the  following 
side  chain  protruding  from  the  main  body  of  the  molecule: 

O 
II 

— CH2— CH2— C— OH 
Normal 

Normal 

►  Figure  13.32   Normal  and  sickled  red 
blood  cells.  Normal  red  blood  cells  are  about 

1  x  10  5mm  in  diameter. 

This  side  chain  terminates  in  a  polar  group,  w  hich  con- 
tributes to  the  solubility  of  the  hemoglobin  molecule  in  water. 

In  the  hemoglobin  molecules  of  persons  suffering  from  sickle- 
cell  anemia,  the  side  chain  is  of  a  different  tvpe: 

— CH— Cl-h 

CH3 

Abnormal 

Abnormal 

This  abnormal  group  of  atoms  is  nonpolar  (hydrophobic),  and 
its  presence  leads  to  the  aggregation  of  this  defective  form  ol 

hemoglobin  into  particles  too  large  to  remain  suspended  in  bio- 
logical fluids.  It  also  causes  the  cells  to  distort  into  a  sickle 

shape,  as  shown  in  Figure  13.32  ▼.  The  sickled  cells  tend  to  clog 
the  capillaries,  causing  severe  pain,  physical  weakness,  and  the 
gradual  deterioration  of  the  vital  organs.  The  disease  is  heredi- 

tary, and  if  both  parents  carry  the  defective  genes,  it  is  likely 
that  their  children  will  possess  only  abnormal  hemoglobin. 
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Heating  the  mixture  or  adding  an  electrolyte  may  bring  about  coagulation. 

Heating  the  colloidal  dispersion  increases  the  particle  motion  and  so  the  num- 
ber of  collisions.  The  particles  increase  in  size  as  they  stick  together  after  collid- 
ing. The  addition  of  electrolytes  neutralizes  the  surface  charges  of  the  particles, 

thereby  removing  the  electrostatic  repulsions  that  pres  ent  them  from  coming 
together.  Wherever  rivers  empty  into  oceans  or  other  salty  bodies  of  water,  for 
example,  the  suspended  clay  in  the  river  is  deposited  as  a  delta  when  it  mixes 
with  the  electrolytes  in  the  salt  water. 

Semipermeable  membranes  can  also  be  used  to  separate  ions  from  col- 
loidal particles  because  the  ions  can  pass  through  the  membrane  but  the 

colloidal  particles  cannot.  This  type  of  separation  is  known  as  dialysis  and  is 

used  to  purify  blood  in  artificial  kidney  machines.  Our  kidneys  normally  re- 
move the  waste  products  of  metabolism  from  blood.  In  a  kidney  machine, 

blood  is  circulated  through  a  dialyzing  tube  immersed  in  a  washing  solution. 
The  washing  solution  is  isotonic  in  ions  that  must  be  retained  by  the  blood,  but 
is  lacking  the  waste  products.  Wastes  therefore  dialyze  out  of  the  blood, 
but  the  ions  do  not. 

■M  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

A  0.100-L  solution  is  made  by  dissolving  0.441  g  of  CaCP(s)  in  water,  (a)  Calculate  the 
osmotic  pressure  of  this  solution  at  27°C,  assuming  that  it  is  completely  dissociated  into 
its  component  ions,  (b)  The  measured  osmotic  pressure  of  this  solution  is  2.56  arm  at 

27°C.  Explain  why  it  is  less  than  the  value  calculated  in  (a),  and  calculate  the  van't  Hoff 
factor,  i,  for  the  solute  in  this  solution.  (See  the  "Closer  Look"  box  in  Section  13.5  on 
page  557.)  (c)  The  enthalpy  of  solution  for  CaCP  is  AH  -  -81.3  kj/mol.  If  the  final 
temperature  of  the  solution  was  27.0°C,  what  was  its  initial  temperature?  (Assume  that 
the  density  of  the  solution  is  1.00  g/mL,  that  its  specific  heat  is  4.18  J/g-K,  and  that  the 
solution  loses  no  heat  to  its  surroundings.) 

Solution 

(a)  The  osmotic  pressure  is  given  bv  Equation  13.13,  ~  =  MRT,  We  know  the  tem- 
perature, T  =  27°C  =  300  K  and  the  gas  constant,  R  =  0.0821  L-atm/mol-K.  We  can  cal- culate the  molarity  of  the  solution  from  the  mass  of  CaCP  and  the  volume  of  the  solution: 

/  0.441  gCaCW  1  molCaCl,  \ 
Molarity  =  1   — — f    =  0.0397  mol  CaCP/L 

\     0.100  L      /\  111.0  gCaCP/ 

Soluble  ionic  compounds  are  strong  electrolytes.  Thus, 
CaCP  consists  of  metal  cations  (Ca  )  and  nonmetal  anions  (CP).  When  completely  dis- 

sociated, each  CaCP  unit  forms  three  ions  (one  Ca~+  and  two  CP).  Hence  the  total  con- 
centration of  ions  in  the  solution  is  (3)(  0.0397  M )  =  0.119  M,  and  the  osmotic  pressure  is 

77  =  MRT  =  (0.119  mol/L)(0.0821  L-atm/mol-K) (300  K)  =  2.93  atm 

(b)  The  actual  values  of  colligative  properties  of  electrolytes  are  less  than  those 
calculated,  because  the  electrostatic  interactions  between  ions  limit  their  independent 

movements.  In  this  case  the  van't  Hoff  factor,  which  measures  the  extent  to  which 
electrolytes  actually  dissociate  into  ions,  is  given  by 

77  ( measured ) 

7r(  calculated  for  nonelectrolyte) 

 2.56  atm  

(0.0397  mol/L) (0.0821  L-atm/mol-K) (300  K) 
2.62 

Thus,  the  solution  behaves  as  if  the  CaCP  has  dissociated  into  2.62  particles  instead 
of  the  ideal  3. 

(c)  If  the  solution  is  0.0397  M  in  CaCP  and  has  a  total  volume  of  0.100  L,  the 

number  of  moles  of  solute  is  (0.100  L)(0.0397  mol/L)  =  0.00397  mol.  Hence  the  quan- 
tity of  heat  generated  in  forming  the  solution  is  (0.00397  mol)( -81.3  kj/mol)  = 

-0.323  kj.  The  solution  absorbs  this  heat,  causing  its  temperature  to  increase.  The  re- 
lationship between  temperature  change  and  heat  is  given  by  Equation  5.19: 

q  =  (specific  heat)(grams)(  AT) 
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The  heat  absorbed  by  the  solution  is  q  =  1-0.323  kj  =  323  J.  The  mass  of  the  0.1001  of 
solution  is  (100  mL)(1.00  g/mL)  =  100  g  (to  3  significant  figures).  Thus  the  tempera- 

ture change  is 

(specific  heat  of  solution) (grams  of  solution  i 323  J 

=  (4.18J/g-K)(100g)  =  °'773  K 
A  kelvin  has  the  same  size  as  a  degree  Celsius.  Because  the  solution 

temperature  increases  by  0.773  C,  the  initial  temperature  was  27.0  C  -  0.773°C 
26.2°C. 

SUMMARY  AND  KEY  TERMS 

Section  13.1  Solutions  form  when  one  substance  dis- 

perses uniformly  throughout  another.  The  attractive  in- 
teraction of  solvent  molecules  with  solute  is  called 

solvation.  When  the  solvent  is  water,  the  interaction  is 

called  hydration.  The  dissolution  of  ionic  substance's  in 
water  is  promoted  by  hydration  of  the  separated  ions  by 
the  polar  water  molecules. 

The  overall  enthalpy  change  upon  solution  formation 
may  be  either  positive  or  negative.  Solution  formation  is 
favored  both  by  a  negative  enthalpy  change  (exothermic 
process)  and  by  an  increased  dispersal  in  space  of  the 
components  of  the  solution,  corresponding  to  a  positive 
entropy  change. 

Section  13.2  The  equilibrium  between  a  saturated  solu- 
tion and  undissolved  solute  is  dynamic;  the  process  of 

solution  and  the  reverse  process,  crystallization,  occur  si- 
multaneously. In  a  solution  in  equilibrium  with  undis- 

solved solute,  the  two  processes  occur  at  equal  rates,  giving 
a  saturated  solution.  If  there  is  less  solute  present  than  is 
needed  to  saturate  the  solution,  the  solution  is  unsaturated 

When  solute  concentration  is  greater  than  the  equilibrium 
concentration  value,  the  solution  is  supersaturated.  This  is 
an  unstable  condition,  and  separation  of  some  solute  from 
the  solution  will  occur  if  the  process  is  initiated  with  a 
solute  seed  crystal.  The  amount  of  solute  needed  to  form  a 

saturated  solution  at  any  particular  temperature  is  the 
solubility  of  that  solute  at  that  temperature. 

Section  13.3  The  solubility  of  one  substance  in  another 

depends  on  the  tendency  of  svstems  to  become  more  ran- 
dom, by  becoming  more  dispersed  in  space,  and  on  the 

relative  intermolecular  solute-solute  and  solvent-solvent 

energies  compared  with  solute-solvent  interactions.  Polar 
and  ionic  solutes  tend  to  dissolve  in  polar  solvents,  and 
nonpolar  solutes  tend  to  dissolve  in  nonpolar  solvents 

("like  dissolves  like").  Liquids  that  mix  in  all  proportions 
are  miscible;  those  that  do  not  dissolve  significantly  in 

one  another  are  immiscible.  Hydrogen-bonding  interac- 
tions between  solute  and  solvent  often  play  an  important 

role  in  determining  solubility;  for  example,  ethanol  and 

water,  whose  molecules  form  hydrogen  bonds  with  each 
other,  are  miscible. 

The  solubilities  of  gases  in  a  liquid  are  generally  pro- 
portional to  the  pressure  of  the  gas  over  the  solution,  as 

expressed  by  Henry's  law:  S.  kf  I  he  solubilities  of 
most  solid  solutes  in  water  increase  as  the  temperature  of 
the  solution  increases.  In  contrast,  the  solubilities  of  gases 

in  water  generally  decrease  with  increasing  temperature. 

Section  13.4  (  oncentrations  of  solutions  can  be  expressed 
quantitativ  ely  by  sev  eral  different  measures,  including  mass 

percentage  I  mass  solute  mass  solution)  ■  10*  ,  parts 
per  million  (ppm)  (mass  solute  mass  solution)  ■  10  ], 

parts  per  billion  (ppb)  (mass  solute  mass  solution)  ■ 
10  J,  and  mole  fraction  mass  solute  (mol  solute 
mol  solvent )  |.  Molarity,  M,  is  defined  as  moles  of  solute  per 
liter  ol  solution;  molality,  ///,  is  defined  as  moles  of  solute 
per  kg  of  solvent.  Molarity  can  be  converted  to  these  other 
concentration  units  if  the  density  of  the  solution  is  known. 

Section  13.5  A  physical  property  of  a  solution  that 
depends  on  the  concentration  of  solute  particles  present, 

regardless  of  the  nature  of  the  solute,  is  a  colligative 

property.  Colligative  properties  include  vapor-pressure 
lowering,  freezing-point  lowering,  boiling-point  elevation, 
and  osmotic  pressure.  I  lie  lowering  of  vapor  pressure  is 

expressed  by  Raoult's  law.  An  ideal  solution  obeys 
Raoult's  law.  Differences  in  solvent-solute  as  compared 
with  solvent-solvent  and  solute-solute  intermolecular 

forces  cause  many  solutions  to  depart  from  ideal  behavior. 
A  solution  containing  a  nonvolatile  solute  possesses  a 

higher  boiling  point  than  the  pun-  solv  ent.  I  he  molal 
boiling-point-elevation  constant,  K  ,  represents  the  in- 

crease in  boiling  point  tor  a  I  ///  solution  of  solute  particles 
as  compared  with  the  pure  solvent.  Similarly,  the  molal 

freezing-point-depression  constant,  k,,  incisures  the 

lowering  of  the  freezing  point  of  a  solution  for  a  I  m  solu- 
tion of  solute  particles.  The  temperature  changes  are 

given  by  the  equations  A  //,  K),  m  and  A  / .  k  ,  m.  When 
NaCl  dissolves  in  water,  two  moles  of  solute  particles  are 
formed  tor  each  mole  of  dissolved  salt.  I  he  boiling  point 
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or  freezing  point  is  thus  elevated  or  depressed,  respective- 

ly, approximately  twice  as  much  as  that  of  a  nonelec- 
trolyte  solution  of  the  same  concentration.  Similar 
considerations  apply  to  other  strong  electrolytes. 

Osmosis  is  the  movement  of  solvent  molecules 

through  a  semipermeable  membrane  from  a  less  concen- 
trated to  a  more  concentrated  solution.  This  net  move- 

ment of  solvent  generates  an  osmotic  pressure,  tt,  which 
can  be  measured  in  units  of  gas  pressure,  such  as  atm. 
The  osmotic  pressure  of  a  solution  as  compared  with 
pure  solvent  is  proportional  to  the  solution  molarity: 

77  =  MRT.  Osmosis  is  a  very  important  process  in  living 
systems,  in  which  cell  membranes  act  as  semipermeable 
walls,  permitting  the  passage  of  water,  but  restricting  the 
passage  of  ionic  and  macromolecular  components. 

Section  13.6  Particles  that  are  large  on  the  molecular 

scale  but  still  small  enough  to  remain  suspended  indefi- 
nitely in  a  solvent  system  form  colloids,  or  colloidal  dis- 

persions. Colloids,  which  are  intermediate  between 

solutions  and  heterogeneous  mixtures,  have  many  practi- 
cal applications.  One  useful  physical  property  of  colloids, 

the  scattering  of  visible  light,  is  referred  to  as  the  Tyndall 
effect.  Aqueous  colloids  are  classified  as  hydrophilic  or 

hydrophobic.  Hydrophilic  colloids  are  common  in  living 

organisms,  in  which  large  molecular  aggregates  (en- 
zymes, antibodies)  remain  suspended  because  they  have 

many  polar,  or  charged,  atomic  groups  on  their  surfaces 
that  interact  with  water.  Hydrophobic  colloids,  such  as 
small  droplets  of  oil,  may  remain  in  suspension  through 

adsorption  of  charged  particles  on  their  surfaces. 

VISUALIZING  CONCEPTS 

13.1  This  figure  shows  the  interaction  of  a  cation  with  sur- 
rounding water  molecules. 

Would  you  expect  the  energy  of  ion-solvent  interaction 
to  be  greater  for  Na   or  Li  1  Fxplain.  [Section  13.1] 

13.2  Referring  to  the  illustration  for  Exercise  13.1,  which  AH 

term  in  Figure  13.4  (either  diagram)  contains  the  en- 
thalpy change  corresponding  to  the  interaction  of  the 

cation  with  solvent?  [Section  13.1] 

A  quantity  of  the  pink  solid  on  the  left  in  Figure  13.8  is 

placed  in  a  warming  oven  and  heated  for  a  time.  It  slow- 
ly turns  from  pink  to  the  deep  blue  color  of  the  solid  on 

the  right.  What  has  occurred?  [Section  13.1  ] 

Which  of  the  following  is  the  best  representation  of  a  satu- 
rated solution?  Explain  your  reasoning.  [Section  13.2] 

13.3 

13.4 

• 

p.; 

• 

9'
 

(b) 

(c) 

(a) 

13.5  The  solubility  of  Xe  in  water  at  20°C  is  approximately 
5  X  1CT3  M.  Compare  this  with  the  solubilities  of  Ar  and 
Kr  in  water,  Table  13.2,  and  explain  what  properties  of 
the  rare  gas  atoms  account  for  the  variation  in  solubility. 
[Section  13.3] 
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13.6  The  structures  of  vitamins  E  and  B(,  are  shown  below. 
Predict  which  is  largely  water  soluble,  and  which  is 
largeh  fat  soluble.  I  xplain  [Section  13.3] 
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Vitamin  B,, Vitamin  E 

13.7  The  figure  shows  two  volumetric  flasks  containing  the 
same  solution  at  two  temperatures. 
(a)  Does  the  molarity  of  the  solution  change  with  the 

change  in  temperature?  Explain. 
(b)  Does  the  molality  of  the  solution  change  with  the 

change  in  temperature?  Explain.  [Section  13.4] 

13.8  Suppose  you  had  a  balloon  made  of  some  highly  flexible 

semipermeable  membrane.  The  balloon  is  filled  com- 
pletely with  a  0.2  M  solution  of  some  solute  and  is  sub- 

merged in  a  0.1  M  solution  of  the  same  solute: 

0.1  M 

0.2  M 

Initially  the  volume  of  solution  in  the  balloon  is  0.25  L. 

Assuming  the  volume  outside  the  semipermeable  mem- 
brane is  large,  as  the  illustration  shows,  what  would  you 

expect  for  the  solution  volume  inside  the  balloon  once 
the  system  has  come  to  equilibrium  through  osmosis? 
[Section  13.5] 

13.9  The  molecule  n-octylglucoside,  shown  here,  is  widely 
used  in  biochemical  research  as  a  nonionic  detergent  for 

"solubilizing"  large  hydrophobic  protein  molecules. 
What  characteristics  of  this  molecule  are  important  for 
its  use  in  this  way?  [Section  13.6] 

13.10  If  you  wanted  to  prepare  a  solution  of  CO  in  water  at 
25°C  in  which  the  CO  concentration  was  2.5  mM, 
what  pressure  of  CO  would  you  need  to  use?  (See 
Figure  13.18.)  [Section  13.3] 

25°C 
55°C 
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EXERCISES 

The  Solution  Process 

13.11  In  general,  the  attractive  intermolecular  forces  between 
solvent  and  solute  particles  must  be  comparable  or 
greater  than  solute-solute  interactions  in  order  for  sig- 

nificant solubility  to  occur  Explain  this  statement  in 
terms  of  the  overall  energetics  of  solution  formation. 

13.12  (a)  Considering  the  energetics  of  solute-solute,  solvent- 
solvent,  and  solute-solvent  interactions,  explain  why 
NaCl  dissolves  in  water  but  not  in  benzene  (C„Hh). 
(b)  Why  do  ionic  substances  with  higher  lattice  energies 
tend  to  be  less  soluble  in  water  than  those  with  lower 

lattice  energies?  (c)  What  factors  cause  a  cation  to  be 
strongly  hydrated? 

13.13  Indicate  the  type  of  solute-solvent  interaction 
(Section  11.2)  that  should  be  most  important  in  each  of 
the  follow  ing  solutions:    (a)  CCI4  in  benzene  (ChH„), 
(b)  methanol  (CH3OH)  in  water,  (c)  KBr  in  w  ater, 
(d)  HC1  in  acetonitrile  (CH3CN). 

13.14  Indicate  the  principal  type  of  solute-solvent  interaction 
in  each  of  the  following  solutions,  and  rank  the  solu- 

tions from  weakest  to  strongest  solute-solvent  interac- 
tion: (a)  KC1  in  water,  (b)  CH2C12  in  benzene  (ChHh), 

(c)  methanol  (CH3OH)  in  water. 

13.15  (a)  In  Equation  13.1  w  hich  of  the  energy  terms  for  dis- 
solving an  ionic  solid  would  correspond  to  the  lattice 

energy?  (b)  Which  energv  terms  in  this  equation  are  al- 
ways exothermic? 

13.16  The  schematic  diagram  of  the  solution  process  as  the  net 
sum  of  three  steps  in  Figure  13.4  does  not  show  the  rela- 

tive magnitudes  of  the  three  components  because  these 
will  vary  from  case  to  case.  For  the  dissolution  of 
NH4NO3  in  w  ater,  w  hich  of  the  three  enthalpy  changes 
would  you  expect  to  be  much  smaller  than  the  other 
two?  Explain. 

13.17  When  two  nonpolar  organic  liquids  such  as  hexane 
(C,,H14)  and  heptane  (CyH^)  are  mixed,  the  enthalpy 
change  that  occurs  is  generally  quite  small,  (a)  Use  the 
energy  diagram  in  Figure  13.4  to  explain  why.  (b)  Given 
that  AHsoin  =  0,  explain  why  hexane  and  heptane  spon- 

taneously form  a  solution. 

13.18  The  enthalpy  of  solution  of  KBr  in  water  is  about 
+  198  kj  mol.  Nevertheless,  the  solubility  of  KBr  in 
water  is  relatively  high.  Why  does  the  solution  process 
occur  even  though  it  is  endothermic? 

Saturated  Solutions;  Factors  Affecting  Solubility 

13.19  The  solubility  of  Cr(N03)3-9  H20  in  water  is  208  g  per 
100  g  of  water  at  15:C.  A  solution  of  Cr(N03)3-9  H20  in 

water  at  35'"C  is  formed  by  dissolving  324  g  in  100  g 
water.  When  this  solution  is  slowly  cooled  to  15°C,  no 
precipitate  forms,  (a)  What  term  describes  this  solution? 

(b)  What  action  might  you  take  to  initiate  crystalliza- 
tion? Use  molecular-level  processes  to  explain  how  your 

suggested  procedure  works. 

13.20  The  solubility  of  MnSCyH:0  in  water  at  20°C  is  70  g 
per  100  mL  of  water,  (a)  Is  a  1.22  M  solution  of 

MnS04-H20  in  water  at  20:C  saturated,  supersaturated, 
or  unsaturated?  (b)  Given  a  solution  of  MnS04-H20  of 
unknown  concentration,  what  experiment  could  you 

perform  to  determine  whether  the  new  solution  is  satu- 
rated, supersaturated,  or  unsaturated? 

13.21  Bv  referring  to  Figure  13.17,  determine  whether  the  ad- 
dition of  40.0  g  of  each  of  the  following  ionic  solids  to 

100  g  of  water  at  40  C  will  lead  to  a  saturated  solution: 
(a)  NaN03,  (b)  KC1,  (c)  K2Cr207,  (d)  Pb(N03)2. 

13.22  By  referring  to  Figure  13.17,  determine  the  mass  of  each 

of  the  follow  ing  salts  required  to  form  a  saturated  solu- 
tion in  250  g  of  w  ater  at  30  C:  (a)  KC103,  (b)  Pb(N03)2, 

(c)  Ce2(S04)3. 

13.2.3  Water  and  glycerol,  CH2(OH)CH(OH)CH2OH,  are  mis- 
cible  in  all  proportions.  What  does  this  mean?  How  do 
the  ( M  I  groups  ( >f  the  alcohol  molecule  contribute  to  this 
miscibility? 

13.24  Oil  and  water  are  immiscible.  What  does  this  mean?  Ex- 

plain in  terms  of  the  structural  features  of  their  respec- 
tive molecules  and  the  forces  betw  een  them. 

13.25  (a)  Would  you  expect  stearic  acid,  CH3(CH2)i6COOH, 
to  be  more  soluble  in  water  or  in  carbon  tetrachloride? 

Explain,  (b)  Which  would  you  expect  to  be  more  soluble 
in  water,  cyclohexane  or  dioxane?  Explain. 

'O" 
/  \ 

H-.C  CH- 

"I  I 

H2C  
CH- 

V
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Dioxane 
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/  \ 

H;C  CH2 

H-.C  CH, 

CH2 

Cvclohexane 

13.26  Consider  a  series  of  carboxylic  acids  whose  general  for- 
mula is  CH-;(CH2)„COOH.  How  would  you  expect  the 

solubility  of  these  compounds  in  water  and  in  hexane  to 
change  as  11  increases?  Explain. 

13.27  Which  of  the  following  in  each  pair  is  likely  to  be  more 
soluble  in  hexane,  ChH  ]4:  (a)  CC14  or  CaCl2:  (b)  benzene 

(C6H6)  or  glycerol,  CH2(OH)CH(OH)CFI2OH;  (c)  oc- 
tanoic  acid,  CH3CH2CH2CH2CH2CH2CH2COOH,  or 
acetic  acid,  CH3COOH.  Explain  your  answer  in  each  case. 

13.28  Which  of  the  following  in  each  pair  is  likely  to  be  more 
soluble  in  w  ater:  (a)  cyclohexane  (ChH12)  or  glucose 

(C6H1206)  (Figure  13.12):  (b)  propionic  acid  (CH3CH2- 
COOF1)  or  sodium  propionate  (CH?CH2COONa); 
(c)  HC1  or  ethyl  chloride  (CH3CH2C1)?  Explain  in  each 

case. 
13.29  (a)  Explain  why  carbonated  beverages  must  be  stored  in 

sealed  containers,  (b)  Once  the  beverage  has  been 

opened,  why  does  it  maintain  more  carbonation  when 
refrigerated  than  at  room  temperature? 
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13.30  Explain  why  pressure  affects  the  solubility  of  0:  in 
water,  but  not  the  solubility  of  NaCI  in  w  ater. 

13.31  The  Henrv's  law  constant  tor  helium  gas  in  water  at 
30  C  is  3.7  X  10  4  M/atm;  the  constant  for  N2  at  30  C  is 
6.0  x  10  4  M/atm.  If  the  two  gases  are  each  present  at 
1.5  atm  pressure,  calculate  the  solubility  of  each  gas. 

13.32  The  partial  pressure  of  0:  in  air  at  sea  level  is  0.21  atm 

Using  the  data  in  [able  13.2,  together  with  Henr\ 's  law, calculate  the  molar  concentration  of  02  in  the  surface 
water  of  a  mountain  lake  saturated  with  air  at  20  C  and 

an  atmospheric  pressure  of  665  torr. 

Concentrations  of  Solutions 

13.33  (a)  Calculate  the  mass  percentage  of  \a:SO,  in  a  solu- 
tion i  on  taming  10.6  g  Na2S( )(  in  483  g  water,  (b)  An  ore 

contains  2.Sh  g  of  silver  per  ton  ol  ore.  What  is  the  con- 
centration of  silv  er  m  ppm? 

13.34  (a)  What  is  the  mass  percentage  of  iodine  (I2)  in  a  solu- 
tion containing  0.045  mol  1  ̂  in  1 15  g  ol  C  C  I  j 1  (b)  Seawa- 

ter  contains  0.0079  g  Sr  per  kilogram  ol  water.  What  is 
the  concentration  of  Sr    measured  in  ppm? 

13.35  A  solution  is  made  containing  14. 6  g  of  CH  (01 1  in  184  g 
H20.  Calculate  (a)  the  mole  fraction  of  CH  ,OI  I,  (b)  the 
mass  percent  of  ChhOH,  (c)  the  molality  ol  C  1 1  ;( >l  I 

13.36  A  solution  is  made  containing  25.5  g  phenol  (C',,1 1-,01 1) 
in  495  g  ethanol  (CH3CH2OH).  Calculate  (a)  the  mole 
fraction  of  phenol,  (b)  the  mass  percent  ot  phenol, 
(c)  the  molality  of  phenol. 

13.37  Calculate  the  molarity  of  the  following  aqueous  solutions: 
(a)  0340  g  Mg(NO,)2  in  250.0  ml.  ot  solution,  (b)  22.4  g 
LiC104-3  H2G  in  123  ml  of  solution,  (c)  23.0  ml  of  3.30  M 
HN03  diluted  to  0.230  L. 

13.38  What  is  the  molarity  ot  each  ot  the  following  solutions: 
(a)  23.0  g  Al2(S04h  in  0.350  L  solution,  (b)  5.25  g 
Mn(N03)2-2  H20  in  173  ml,  of  solution,  (c)  33.0  ml  of 
9.00  M  H2S04  d  1  hi  ted  to  0.300  L? 

13.39  Calculate  the  molality  of  each  ot  the  following  solutions: 
(a)  8.66  g  benzene  (C,TTJ  dissolv  ed  in  23.6  g  carbon 
tetrachloride  (CC14),  (b)  4. SO  g  NaCI  dissolved  in  0.350  I 
of  water. 

13.40  (a)  What  is  the  molality  of  a  solution  formed  by  dissoh  - 
ing  1.30  mol  of  KC1  in  16.0  mol  of  water?  (b)  I  low  main 

grams  of  sulfur  (Ss)  must  he  dissolv  ed  in  100.0  g  naph- 
thalene (C]|)H.S)  to  make  a  0.12  111  solution1 

13.41  A  sulfuric  acid  solution  containing  371 .6  g  of  H2S04  per 

liter  of  solution  has  a  density  of  1.329  g  cm'.  Calculate 
(a)  the  mass  percentage,  (b)  the  mole  traction,  (c)  the 
molality,  (d)  the  molarity  of  I  NSC.))  in  this  solution. 

13.42  Ascorbic  acid  (v  itamin  C,  C„l  lsO„)  is  a  w  ater-soluble  vi- 
tamin. A  solution  containing  SO. 3  g  of  ascorbic  acid  dis- 
solved in  210  g  of  water  has  a  density  of  1.22  g  ml  at 

33  C.  Calculate  (a)  the  mass  percentage,  (b)  the  mole 
fraction,  (c)  the  molality,  (d)  the  molarity  of  ascorbic 
acid  in  this  solution. 

13.43  The  density  of  acetonitrile  (CH3CN)  is  0.786  g  ml,,  and 
the  density  of  methanol  (CI  I  ,OH)  is  0.791  g  ml,.  A  solu- 

tion is  made  by  dissolving  22.3  ml,  CH^OH  in  98.7  ml 
ChhCN.  (a)  What  is  the  mole  fraction  of  methanol  in  the 

solution?  (b)  W  hat  is  the  molality  ot  the  solution1 
(c)  Assuming  that  the  v  olumes  are  addith  e,  what  is  the 

molarity  ol  CI  I  -,( )l  1  in  the  solution1 
13.44  Tin-  density  ol  toluene  (cdls)  is  0.867 g  ml  ,  and  the 

density  of  thiophene  (C4I 1  (S)  is  1 .065  g  ml,.  A  solution  is 
made  by  dissolving  10.0  g  ot  thiophene  in  2^0.0  ml  ol 
toluene,  (a)  C  alculate  the  mole  fraction  of  thiophene 
in  the  solution,  (b)  Calculate  the  molality  of  thiophene  in 
the  solution,  (c)  Assuming  that  the  volumes  ot  the  solute 
and  solvent  are  additive,  what  is  the  molaritv  ol  thio- 

phene in  the  solution? 
13.45  Calculate  the  number  of  moles  ot  solute  present  in  each 

ol  the  follow  ing  aqueous  solutions:  (a)  hi  10  mL  ot 
0.230  M  SrBr2,  (b)  8h.4  g  ol  0.1  SO  m  kC  1,  (c)  124.0  g  of  a 
solution  that  is  6.45%  glucose  (C,,l  1 12( ),,)  bv  mass. 

13.46  Calculate  the  number  of  moles  of  solute  present  in  each  ol 
the  following  solutions:  (a)  24^  ml  of  1.50  M  1  INO^fiiij), 
(b)  30.0  mg  of  an  aqueous  solution  that  is  1.23  m  NaCI, 
(c)  73.0  g  of  an  aqueous  solution  that  is  1.50%  sucrose 

(C]2H22On)by  mass. 
13.47  Describe  how  you  would  prepare  each  of  the  follow  ing 

aqueous  solutions,  starting  w  ith  solid  KBr:  (a)  0.73  I  of 
1.5  y  10  2  M  KBr,  (b)  l25gof  0.180  m  KBr,  (c)  1.85  I  of  a 
solution  that  is  1 2.0"..  KBr  by  mass  (the  density  of  the  so- 

lution is  1.10  g  ml  ),  (d)  a  0.150  M  solution  of  KBr  that 
contains  |usf  enough  KBr  to  precipitate  16.0  g  ot  AgBr 

from  a  solution  containing  0.4S0  mol  ot  AgNO-j. 
13.48  Describe  how  you  would  prepare  ea<  h  of  the  follow  ing 

aqueous  solutions:  (a)  1 .30  I  ol  0. 1  III  Al  (Ml  )):SO,  solu- 
tion, starting  w  ith  solid  (Nl  I  ibSO,:  (b)  120  g  ol  a  solu- 
tion that  is  0.65  »/  in  Na2C03,  starting  w  ith  the  solid 

solute;  (c)  1.20  I  of  a  solution  that  is  I  3.0",,  ot  Pb(N03)2 
by  mass  (the  density  ot  the  solution  is  1.16  g  ml  ),  start- 

ing with  solid  solute;  (d)  a  0.50  Al  solution  of  lit  I  that 
would  |ust  neutralize  5.5  g  of  Ba(OH)2  starting  with 
6.0  M  MCI 

13.49  Commercial  aqueous  nitric  at  id  has  a  density  of 
1.42  g  mL  and  is  16  Al.  (,  ale  ulate  the  percent  I  1N03  bv 
mass  in  the  solution. 

13.50  Commercial  concentrated  aqueous  ammonia  is  28% 
Nhh  by  mass  and  has  a  deiisitv  ol  0»0  g  ml..  W  hat  is 

the  molaritv  of  this  solution1 
13.51  Brass  is  a  substitutional  alloy  consisting  of  a  solution  of 

copper  and  /inc.  A  particular  sample  ot  red  brass  con- 

sisting of  80.0%  Cu  and  20.0".,  /n  by  mass  has  a  deiisitv 
of  S750  kg;  m  .  (a)  What  is  the  molality  ot  Zn  in  the  solid 
solution1  (b>  What  is  the  molaritv  ol  /n  in  the  solution1 
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13.52  Caffeine  (CSH  10N4O2)  is  a  stimulant  found  in  coffee  and 
tea.  It  a  solution  of  caffeine  in  chloroform  (CHCLj  as  a 
solvent  has  a  concentration  of  0.0750  ///,  calculate  (a)  the 

percent  caffeine  by  mass,  (b)  the  mole  fraction  of  caffeine. 

9 

9 

9 

13.53  During  a  typical  breathing  cycle  the  CO2  concentration 
m  the  expired  air  rises  to  a  peak  of  4.67o  by  volume.  Cal- 
culate  the  partial  pressure  of  the  CO2  at  this  point,  as- 

suming 1  atm  pressure.  What  is  the  molarity  of  the  CO; 
in  air  at  this  point,  assuming  a  body  temperature  of 37"C? 

13.54  Breathing  air  that  contains  4.0%  by  volume  CO;  over  a 
period  of  time  causes  rapid  breathing,  throbbing 
headache,  and  nausea,  among  other  symptoms.  What  is 
the  concentration  of  CO2  in  such  air  in  terms  of  (a)  mol 

percentage,  (b)  molarity,  assuming  1  atm  pressure,  and 

a  body  temperature  of  37°C? 

Colligative  Properties 

13.55  List  four  properties  of  a  solution  that  depend  on  the 

total  concentration  but  not  the  type  of  particle  or  parti- 
cles present  as  solute.  Write  the  mathematical  expres- 

sion that  describes  how  each  of  these  properties 
depends  on  concentration. 

13.56  How  does  increasing  the  concentration  of  a  nonv  olatile 
solute  in  water  affect  the  following  properties:  (a)  vapor 

pressure,  (b)  freezing  point,  (c)  boiling  point;  (d)  osmot- 
ic pressure? 

13.57  Consider  two  solutions,  one  formed  by  adding  10  g  of 
glucose  (ChH  12O,-,)  to  1  L  of  water  and  the  other  formed 
by  adding  10  g  of  sucrose  (C^H^On)  to  I  L  of  water. 
Are  the  vapor  pressures  over  the  two  solutions  the 

same1  Why  or  why  not? 
13.58  (a)  What  is  an  ideal  solution?  (b)  The  vapor  pressure  of 

pure  water  at  60°C  is  149  torr.  The  vapor  pressure  of  water 
over  a  solution  at  60°C  containing  equal  numbers  of  moles 
of  water  and  ethylene  glycol  (a  nonvolatile  solute)  is 

h7  torr.  Is  the  solution  ideal  according  to  Raoult's  law? 
Explain. 

13.59  (a)  Calculate  the  vapor  pressure  of  water  above  a  solu- 
tion prepared  by  adding  22.5  g  of  lactose  (C12H22O1 1)  to 

200.0  g  of  water  at  338  K.  (Vapor-pressure  data  for  water 
ari'  giv  en  in  Appendix  B.)  (b)  Calculate  the  mass  of 
propylene  glycol  (CiHsOi)  that  must  be  added  to 
0.340  kg  of  water  to  reduce  the  vapor  pressure  by 
2.88  torr  at  40  C. 

1 13.60]  (a)  I  ak  ulate  the  vapor  pressure  of  water  above  a  solu- 
tion prepared  by  dissolving  35.0  g  of  glycerin  (C-iHsO-() 

in  1 25  g  of  water  at  343  K.  (The  vapor  pressure  of  water  is 
giv  en  in  Appendix  B.)  (b)  Calculate  the  mass  of  ethylene 

glycol  (C2HhC>2)  that  must  be  added  to  1.00  kg  of  ethanol 
(C2H=;OH)  to  reduce  its  vapor  pressure  by  10.0  torr  at  ] 

35°C.  The  vapor  pressure  of  pure  ethanol  at  35°C  is 
1.00  X  102  torr. 

113.611  At  63.5  C  the  vapor  pressure  of  H20  is  175  torr,  and  that 
of  ethanol  ̂ LUOH)  is  400  torr.  A  solution  is  made  by 
mixing  equal  masses  of  LLC)  and  C2HSOH.  (a)  What  is 
the  mole  fraction  of  ethanol  in  the  solution?  (b)  Assum- 

ing ideal-solution  behavior,  what  is  the  vapor  pressure 
of  the  solution  at  63.5  C?  (c)  What  is  the  mole  fraction  of 

ethanol  in  the  vapor  above  the  solution? 

[13.621  At  20°C  the  vapor  pressure  of  benzene  (C6Hh)  is  75  torr, 
and  that  of  toluene  (CyHs)  is  22  torr.  Assume  that  ben- 

zene and  toluene  form  an  ideal  solution,  (a)  What  is  the 

composition  in  mole  fractions  of  a  solution  that  has  a 

vapor  pressure  of  35  torr  at  20°C?  (b)  What  is  the  mole 
fraction  of  benzene  in  the  vapor  above  the  solution  de- 

scribed in  part  (a)? 

13.63  (a)  Why  does  a  0.10  m  aqueous  solution  of  NaCl  have  a 
higher  boiling  point  than  a  0.10  /;/  aqueous  solution  of 

ChHi20(l?  (b)  Calculate  the  boiling  point  of  each  solu- 
tion, (c)  The  experimental  boiling  point  of  the  NaCl  solu- 

tion is  lower  than  that  calculated,  assuming  that  NaCl  is 
completely  dissociated  in  solution.  Why  is  this  the  case? 

13.64  Arrange  the  following  aqueous  solutions,  each  10%  by 
mass  in  solute,  in  order  of  increasing  boiling  point:  glu- 

cose (QH^OJ,  sucrose  (C12H22OH),  sodium  nitrate 
(NaNCh). 

13.65  List  the  following  aqueous  solutions  in  order  of  increas- 
ing boiling  point:  0. 1 20  A4  glucose,  0.050  M  LiBr,  0.050  M Zn(N03)2. 
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13.66  List  the  following  aqueous  solutions  in  order  ol  decreas- 
ing freezing  point:  0.040  m  glycerin  (0,11*0,),  0.1)20  m 

KBr,  0.010  m  phenol  (C6H5OH). 

13.67  Using  data  from  Table  13.4,  calculate  the  freezing  and 
boiling  points  ol  each  of  the  following  solutions: 
(a)  0.22  m  glycerol  (C  |H803)  in  ethanol,  (b)  0.240  mol  of 
naphthalene  (C|(IHS)  in  2  4^  mol  of  chloroform,  (c)  2.04  g 
KBr  and  4.82  g  glucose  (C6H1206)  in  188  g  of  water. 

13.68  Using  data  from  fable  13.4,  calculate  the  freezing  and 
boiling  points  of  each  of  the  following  solutions: 

(a)  0.40  m  glucose  in  ethanol;  (b)  20.0  g  ol  decani', 
CioH22,  in  45.5  g  CHC13;  (c)  0.4^  mol  ethylene  glycol 
and  0.11  mol  KBr  in  150  g  I  I20. 

13.69  What  is  the  osmotic  pressure  of  a  solution  formed  by 
dissolving  44.2  mg  of  aspirin  (CgHgO.})  in  0.358  I  of 
water  at  25°C? 

13.70  Seawater  contains  3.4  g  of  salts  tor  every  liter  of  solution. 
Assuming  that  the  solute  consists  entirely  of  \a(  I  (over 

MO",,  is),  c  alculate  tlie  osmotic  pressure  of  seawater  at  20  C. 
13.71  Adrenaline  is  the  hormone  (hat  triggers  the  release  of 

extra  glucose  molecules  in  times  of  stress  or  emergent  v. 

A  solution  of  0.64  g  of  adrenaline  in  36.0  g  of  L X  1 1  ele- 
vates the  boiling  point  by  0.4C'  C.  Is  the  molar  mass  ol 

adrenaline  calculated  from  the  boiling  point  elevation  in 

ageement  with  the  following  structural  formula1 

13.72  Lauryl  alcohol  is  obtained  from  coconut  oil  and  is  used 
to  make  detergents.  A  solution  of  5.00  g  of  lauryl  alcohol 

in  0.100  kg  of  benzene  freezes  at  4.1  C.  What  is  the  ap- 
proximate molar  mass  of  laurvl  alcohol? 

13.73  I  ysozyme  is  an  enzyme  that  breaks  bacterial  cell  walls 
A  somtion  containing  0. 1 50  g  of  this  enzyme  in  210  ml. 
of  solution  has  an  osmotic  pressure  of  0.953  torr  .it  23  C. 
What  is  the  molar  mass  of  lysozyme? 

13.74  A  dilute  aqueous  solution  of  an  organic  compound  solu- 
ble in  water  is  formed  In  dissoh  ing  2.35  g  of  the  com- 

pound m  w.iler  to  form  0.230  I  solution.  The  resulting 
solution  has  an  osmotic  pressure  of  0.605  atm  at  25  C. 

Assuming  that  the  organic  compound  is  a  nonelec- 

trolyte,  what  is  its  molar  mass1 
1 13.731  The  osmotic  pressure  of  0.010  A!  aqueous  solution  of 

CaCl2  is  found  to  be  0.h74  atm  at  21  C.  (a)  Calculate  the 

van't  I  loll  fac  tor,  /,  tor  the  solution,  (b)  I  low  would  you 
expect  the  value  of  /  to  change  as  the  solution  becomes 
more  concentrated?  Explain. 

113.76]  based  on  the  data  given  in  [able  1  1.5,  u  Inch  solution 

would  give  the  larger  freezing-point  lowering,  a  0.030  in 
solution  ot  NaCI  or  a  0.020  in  solution  ol  K2SO4?  I  low 

do  you  explain  the  departure  from  ideal  behavior  and 
the  differences  observed  between  the  two  sjlts1 

Colloids 

13.77  (a)  Why  is  there  no  colloid  in  which  both  the  dispersed 

substance  and  the  dispersing  substance  are  gases1 
(b)  Michael  Faraday  first  prepared  ruby-red  colloids  of 
gold  particles  in  water  that  were  stable  tor  indefinite 
times.  To  the  unaided  eye  these 
brightly  colored  colloids  are  not  distinguishable  from 
solutions.  How  could  you  determine  w  hether  .1  given 

colored  preparation  is  a  solution  or  colloid1 
13.78  (a)  Manx  proteins  that  remain  homogeneously  distrib- 

uted in  aqueous  medium  have  molecular  masses  in  the 
range  of  30,000  amu  and  larger.  In  what  sense  is  it 

appropriate  to  consider  such  suspensions  to  be  colloids 
rather  than  solutions1  Explain,  (b)  What  general  name  is 
given  to  a  colloidal  dispersion  of  one  liquid  in  another? 
What  is  an  emulsifying  agent1 

13.79  Indicate  whether  each  of  the  following  is  ,i  hydrophilu 
or  a  hydrophobic  colloid:  (a)  butterfal  in  homogenized 
milk,  (b)  hemoglobin  in  blood,  (c)  vegetable  oil  in  .1 
salad  dressing,  (d)  colloidal  gold  partk  les  in  water. 

13.80  Explain  how  each  of  the  following  factors  helps  determine 
the  stability  or  instability  of  a  c  olloidal  dispersion:  (a)  par- 

ticulate mass,  (b)  hydrophobii  character,  (c)  charges  on 
colloidal  particles. 
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13.81  Colloidal  suspensions  of  proteins,  such  as  a  gelatin, 

can  often  be  caused  to  separate  into  two  layers  by  ad- 
dition of  a  solution  of  an  electrolyte.  Given  that  pro- 

tein molecules  may  carry  electrical  charges  on  then 
outer  surface  as  illustrated  in  Figure  1 3.2<S,  what  tin 

you  believe  happens  when  the  electrolyte  solution  is 
added? 

13.82  Explain  how  (a)  a  soap  such  as  sodium  stearate  stabi- 
lizes a  colloidal  dispersion  of  oil  droplets  in  water; 

(b)  milk  curdles  upon  addition  of  an  acid. 

Additional  Exercises 

13.83  Butylated  hydroxytoluene  (BHT)  has  the  following  mol- 
ecular structure: 

CH3 

CH3  Chh 

H3C— C  ^^^C— Chh 
CH3       OH  CH3 

BHT 

It  is  widely  used  as  a  preservative  in  a  variety  of  foods, 
including  dried  cereals.  Based  on  its  structure,  would 

you  expect  BHT  to  be  more  soluble  in  water  or  in  hexa- 
ne  (ChH  14)?  Explain. 

13.84  A  saturated  solution  of  sucrose  (C12H22O11)  is  made  by 
dissolving  excess  table  sugar  in  a  flask  of  water.  There 
are  50  g  of  undissolved  sucrose  crystals  at  the  bottom  of 
the  flask,  in  contact  with  the  saturated  solution.  The 

flask  is  stoppered  and  set  aside.  A  year  later  a  single 
large  crystal  of  mass  50  g  is  at  the  bottom  of  the  flask. 
Explain  how  this  experiment  provides  evidence  for  a 
dynamic  equilibrium  between  the  saturated  solution 
and  the  undissolved  solute. 

13.85  Fish  need  at  least  4  ppm  dissolved  O2  for  survival, 
(a)  What  is  this  concentration  in  mol/L?  (b)  What  partial 
pressure  of  Ot  above  the  water  is  needed  to  obtain  this 

concentration  at  10°C?  (The  Henry's  law  constant  for  02 
at  this  temperature  is  1 .71  X  10  mol/L-atm.) 

13.86  The  presence  of  the  radioactive  gas  radon  (Rn)  in  well 
water  obtained  from  aquifers  that  lie  in  rock  deposits 
presents  a  possible  health  hazard  in  parts  of  the  United 
States,  (a)  Assuming  that  the  solubility  of  radon  in 
water  with  1  atm  pressure  of  the  gas  over  the  water  at 

IO  C  is  7.27  X  10  1  M,  what  is  the  Henry's  law  constant 
lor  radon  in  water  at  this  temperature?  (b)  A  sample 

consisting  of  various  gases  contains  3.5  x  10  h  mole 
fraction  of  radon.  This  gas  at  a  total  pressure  of  32  atm  is 
shaken  with  water  at  30°C  Calculate  the  molar  concen- 

tration of  radon  in  the  water. 

13.87  Glucose  makes  up  about  0.10%  by  mass  of  human 

blood.  Calculate  the  concentration  in  (a)  ppm,  (b)  molal- 
ity. What  further  information  would  you  need  to  deter- 

mine the  molarity  of  the  solution? 
13.88  A  solution  of  KC1  in  water  has  a  concentration  oi 

260  ppm  KC1.  What  is  (he  concentration  in  ppm  of  K'? 
13.89  One  aqueous  solution  is  15.0%  by  weight  in  propanol 

(CI  I  C  I  I  .(  1 1  , OH),  and  .mother  is  15.0%  by  weight  in 
ethanol  (C  1 1  .C  II  .OH).  Assuming  the  two  solutions 

have  the  same  density,  whu  h  has  the  higher  (a)  molari- 
ty, (b)  molality,  (c)  mole  fraction? 

13.90  Acetonitrile  (CH-jCN)  is  a  polar  organic  solvent  that  dis- 
solves a  wide  range  of  solutes,  including  many  salts. 

The  density  of  a  1.80  M  LiBr  solution  in  acetonitrile  is 
0.826  g/cm\  Calculate  the  concentration  of  the  solution 

in  (a)  molality,  (b)  mole  fraction  of  LiBr,  (c)  mass  per- 
centage of  CH3CN. 

13.91  Sodium  metal  dissolves  in  liquid  mercury  to  form  a  so- 
lution called  a  sodium  amalgam.  The  densities  of  Na(s) 

and  Hg(/)  are  0.97  g/cirr1  and  13.6  g/cm\  respectively.  A 
sodium  amalgam  is  made  bv  dissolving  1 .0  cm1  Na(s)  in 
20.0  cm3  Hg(/).  Assume  that  the  final  volume  of  the  so- 

lution is  21.0  cm  .  (a)  Calculate  the  molality  of  Na  in  the 

solution,  (b)  Calculate  the  molarity  of  Na  in  the  solu- 
tion, (c)  For  dilute  aqueous  solutions,  the  molality  and 

molarity  are  generally  nearly  equal  in  value.  Is  that  the 
case  for  the  sodium  amalgam  described  here?  Explain. 

13.92  A  "canned  heat"  product  used  to  warm  chafing  dishes 
consists  of  a  homogeneous  mixture  of  ethanol  (C2H^OH) 
and  paraffin  that  has  an  average  formula  of  C24H50. 
What  mass  of  C2HsOH  should  be  added  to  620  kg  of  the 
paraffin  in  formulating  the  mixture  if  the  vapor  pressure  (j 

of  ethanol  at  35°C  over  the  mixture  is  to  be  8  torr?  The 

vapor  pressure  of  pure  ethanol  at  35°C  is  100  torr. 
[13.93]  Two  beakers  are  placed  in  a  sealed  box  at  25  C.  One 

beaker  contains  30.0  mL  of  a  0.050  M  aqueous  solution 

of  a  nonvolatile  nonelectrolyte.  The  other  beaker  con- 
tains 30.0  mL  of  a  0.035  M  aqueous  solution  of  NaCl. 

The  water  vapor  from  the  two  solutions  reaches  equilib- 
rium, (a)  In  which  beaker  does  the  solution  level  rise, 

and  in  which  one  does  it  fall?  (b)  What  are  the  volumes 

in  the  two  beakers  when  equilibrium  is  attained,  assum- 
ing ideal  behavior? 

13.94  Calculate  the  freezing  point  of  a  0.100  111  aqueous  solu- 
tion of  K2SO4,  (a)  ignoring  interionic  attractions,  and 

(b)  taking  interionic  attractions  into  consideration  by 

using  the  van't  Hoff  factor  (Table  13.5). 
13.95  When  10.0  g  of  mercuric  nitrate,  Hg(N03)2,  is  dissolved 

in  1.00  kg  of  water,  the  freezing  point  of  the  solution  is 
-0.162°C.  When  10.0  g  of  mercuric  chloride  (HgCl2)  is 
dissolved  in  1.00  kg  of  water,  the  solution  freezes  at 
-0.0685°C  Use  these  data  to  determine  which  is  the 
stronger  electrolyte,  Hg(N03)2  or  HgCL. 

13.96  Carbon  disulfide  (CS2)  boils  at  46.30°C  and  has  a  densi- 
ty of  1.261  g/mL.  (a)  When  0.250  mol  of  a  nondissociat- 

ing  solute  is  dissolved  in  400.0  mL  of  CSt,  the  solution 

boils  at  47.4(-i "C.  What  is  the  molal  boiling-point- 
elevation  constant  for  CS2?  (b)  When  5.39  g  of  a  nondis- 
sociating  unknown  is  dissolved  in  50.0  mL  of  CS2,  the 

solution  boils  at  47.08°C.  What  is  the  molecular  weight 
of  the  unknown? 

113.971  A  40.0'!':,  by  weight  solution  of  KSCN  in  water  at  20°C 
has  a  density  of  1.22  g/mL.  (a)  What  is  the  mole  fraction 
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of  KSCN  in  the  solution,  and  what  are  the  molarity  and 
molality?  (b)  Given  the  calculated  mole  traction  of  salt 
in  the  solution,  comment  on  the  total  number  of  water 

molecules  available  to  hydrate  each  anion  and  cation. 
What  ion  pairing  (if  any)  would  you  expect  to  find  in 
the  solution?  Would  you  expect  the  colligative  proper- 

ties of  such  a  solution  to  be  those  predicted  by  the  for- 
mulas given  in  this  chapter?  Explain. 

113.981  A  lithium  salt  used  in  lubricating  grease  has  the  formula 
I  iC„l  I  \I;  |0>.  The  salt  is  soluble  in  w  ater  to  the  extent 

ot  0.036  g  per  100  g  of  water  at  25  C.  The  osmotic  pres- 
sure of  this  solution  is  found  to  be  37.1  torr.  Assuming 

that  molality  and  molarity  in  such  a  dilute  solution  are 
the  same  and  that  the  lithium  salt  is  completely  dissoci- 

ated in  the  solution,  determine  an  appropriate  \  alue  of  n 
in  the  formula  for  the  salt. 

Integrative  Exercises 

13.99  Fluorocarbons  (compounds  thai  contain  both  carbon 
and  fluorine)  were,  until  recently,  used  as  refrigerants. 
1  he  compounds  listed  in  the  following  table  art'  all 
gases  at  23  C,  and  their  solubilities  in  water  at  23  C  and 
I  atm  fluorocarbon  pressure  are  given  as  mass  percent- 

ages: (a)  For  each  fluorocarbon,  calculate  the  molality  of 
a  saturated  solution,  (b)  Explain  why  the  molarity  of 
each  of  the  solutions  should  be  very  close  numeric. illy  to 
the  molality,  (c)  Based  on  their  mole(  ular  structures,  ac- 

count for  the  differences  in  solubility  ot  the  four  fluoro- 

carbons. (d)  Calculate  the  Henry's  law  constant  at  2^  C 
for  CHCIF2,  and  compare  its  magnitude  to  th.it  tor 

N2(6.8  x  10  4  mol/E-atm).  Can  you  account  for  the  dif- 
ference in  magnitude? 

Fluorocarbon Solubility  (mass  %) 
CF4 

0.0013 
CCIF3 0.009 
CC12F2 0.02S 
CHC1F2 0.30 

[13.100]  At  ordinary  body  temperature  (37  C  )  the  solubility  of 
N2  in  water  in  contact  with  air  at  ordinary  atmospheric 
pressure  (1.0  atm)  is  0.015  g/L.  Air  is  approximately 
78  mol  %  N2.  Calculate  the  number  ol  moles  of  N2  dis- 

solved per  liter  of  blood,  which  is  essentially  an  aqueous 
solution.  At  a  depth  of  100  ft  in  water,  the  pressure  is 
4.0  atm.  What  is  the  solubility  of  N2  from  air  in  blood  at 
this  pressure?  If  a  scuba  diver  suddenly  surfaces  from 
this  depth,  how  many  milliliters  of  N2  gas,  in  the  form 
of  tiny  bubbles,  are  released  into  the  bloodstream  from 
each  liter  of  blood? 

[13.101]  Consider  the  following  v  alues  tor  enthalpy  of  v  aporiza- 
tion (kl/mol)  of  sev  eral  organic  substances: 

(  ) 

II 

CH3C— H  30.4 

Acetaldehyde 

O 
II 

CH3CCH3  32.0 

Acetone 

EEO 

O- 

:CH2 

Ethylene  
oxide 

^Clb^ 
H2C—      —  CH2 

Cyclopropane 

28.3 

24.7 

(a)  Use  variations  in  the  intermolecular  forces  operating 
in  these  organic  liquids  to  account  for  their  variations  in 
heats  of  vaporization,  (b)  How  would  you  expect  the 

solubilities  of  these  substances  to  vary  in  hexane  as  sol- 
vent1 In  ethanol?  Use  intermolecular  forces,  including 

hydrogen-bonding  interactions  where  applicable,  to  ex- 
plain your  responses. 

[13.1021  1  he  enthalpies  of  solution  ot  hv  drated  salts  are  general- 
ly more  positive  than  those  of  anhydrous  materials.  For 

example,  111  of  solution  for  KOH  is  -37.3  kj  mol, 
whereas  that  for  KOEEEhO  is  14.6  kj  mol.  Similarly, 

A//s,,|„  for  NaC104  is  4- 13.8  kj/mol,  w  hereas  that  for 
NaCKVIHO  is  t  22.3  k|  mol.  Use  the  enthalpy  contri- 

butions to  the  solution  process  depicted  in  Figure  13.4  to 

explain  this  effect. 

[13.1031  A  textbook  on  chemical  thermodynamics  states,  "The 
heat  of  solution  represents  the  difference  between  the 
lattice  energy  of  the  crystalline  solid  and  the  solv  ation 

energy  of  the  gaseous  ions."  (a)  Draw  a  simple  energy 
diagram  to  illustrate  this  statement,  (b)  A  salt  such  as 
NaBr  is  insoluble  in  most  polar  nonaqueous  solvents 
such  as  acetonitrile  (CH3CN)  or  nitromethane 

(CH3NO2),  but  salts  ol  large  cations,  such  as  tetra- 
methylammonium  bromide  [(CI  U^Nbrl,  are  generally 
more  soluble.  Use  the  thermochemical  cycle  you  drew 

in  part  (a)  and  the  factors  that  determine  the  lattice  ener- 
gy (Section  8.2)  to  explain  this  fact. 

13.104  (a)  A  sample  of  hydrogen  gas  is  generated  in  a  closed 
container  by  reacting  2.050  g  ol  zinc  metal  with  15.0  mL 
of  1.00  Al  sulfuric  acid.  Write  the  balanced  equation  for 

the  reaction,  and  calculate  the  number  ot  moles  ot  hy- 
drogen formed,  assuming  that  the  reaction  is  complete, 

(b)  I  he  volume  over  the  solution  is  122  ml  .  Calculate 

the  partial  pressure  of  the  hydrogen  gas  in  this  volume 

at  25"C,  ignoring  any  solubility  ot  the  gas  in  the  solu- 
tion, (c)  I  hi'  I  lenry's  law  constant  tor  hydrogen  in  water 

at  25  C  is  7.8  ■  10  mol/L-atm.  Estimate  the  number  ol 

moles  of  hydrogen  gas  that  remain  dissolved  in  the  so- 
lution. What  fraction  of  the  gas  molecules  in  the  system 

is  dissolved  in  the  solution?  Was  it  reasonable  to  ignore 
any  dissolved  hydrogen  in  part  (b)? 

|13.105|  The  following  table  presents  the  solubilities  of  several 

gases  in  water  at  25 "C  under  a  total  pressure  of  gas  and 
water  vapor  of  I  atm:  (a)  What  volume  of  C  II  under 

standard  conditions  of  temperature  and  pressure  is  con- 
tained in  4.0  I  of  .1  saturated  solution  at  23  C?  (b)  I  x- 

plain  the  variation  in  solubility  among  the  hydrocarbons 

listed  (the  first  three  compounds),  based  on  their  molec- 
ular structures  and  intermolecular  forces,  (c)  I  ompare 

the  solubilities  of  Q2,  N2,  and  NO,  and  account  for  the 
variations  based  on  molecular  structures  and  intermole- 

cular forces,  (d)  Account  for  the  much  larger  values  ob- 
served for  IUS  and  S02  as  compared  with  the  other 
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gases  listed,  (e)  Find  several  pairs  of  substances  with  the 
same  or  nearly  the  same  molecular  masses  (for  example, 
C2H4  and  N2),  and  use  intennolecular  interactions  to  ex- 

plain the  differences  in  their  solubilities. 

Gas Solubility  (mM) 

CH4  (methane) 1.3 

C2Hh  (ethane) 
1.8 

C2H4  (ethylene) 4.7 

N2 

0.6 

o2 

1.2 
NO 1.9 
H2S 99 so2 

1470 

[13.106]  Consider  the  process  illustrated  in  Figure  13.23,  the  net 
movement  of  solvent  from  the  more  dilute  to  the  more 

concentrated  solution  through  the  semipermeable  mem- 
brane. Is  there  a  change  in  entropy  of  the  system  in 

going  from  the  left  to  center  panels?  [Hint:  Imagine  that 
the  more  dilute  solution  on  the  right  hand  side  of  the 
apparatus  is  pure  solvent.] 

[13.107]  When  0.55  g  of  pure  benzoic  acid  (CyH^O:)  is  dissolved 

in  32.0  g  of  benzene  (ChHb),  the  freezing  point  of  the  so- 
lution is  0.36°C  lower  than  the  freezing  point  value  of 

5.5°C  lor  the  pure  solvent,  (a)  Calculate  the  molecular 
weight  of  benzoic  acid  in  benzene,  (b)  Use  the  structure 
ol  the  solute  to  account  for  the  observed  value: 

113.1081  At  35  C  the  vapor  pressure  of  acetone,  (CH-()2CO,  is 
360  torr,  and  that  of  chloroform,  CHC13/  is  300  torr.  Ace- 

tone and  chloroform  can  form  weak  hydrogen  bonds 
between  one  another  as  follows: 

CI 
I  /CH^ CI— C— H---0=C 

CI  Chh A  solution  composed  of  an  equal  number  of  moles  of  ace- 
tone and  chloroform  has  a  vapor  pressure  of  250  torr  at 

35°C.  (a)  What  would  be  the  vapor  pressure  of  the  solu- 
tion if  it  exhibited  ideal  behavior?  (b)  Use  the  existence  of 

hydrogen  bonds  between  acetone  and  chloroform  mole- 
cules to  explain  the  deviation  from  ideal  behavior, 

(c)  Based  on  the  behavior  of  the  solution,  predict  whether 
the  mixing  of  acetone  and  chloroform  is  an  exothermic 
(AHM,|„  <  0)  or  endothermic  (AHM,|n  >  0)  process. 

6  M  EDI  A  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  comes  in  your  MediaPak. 

13.109  (a)  Of  the  five  solids  available  in  the  Enthalpy  of  Solu- 
tion activity  (23.2),  which  would  become  more  soluble 

and  which  would  become  less  soluble  with  increasing 

temperature?  (b)  Comparing  sodium  chloride  and  am- 
monium nitrate,  which  would  you  expect  to  exhibit  the 

greater  change  in  solubility  (in  g/L)  for  a  given  tempera- 
ture increase?  Explain  your  reasoning. 

13.110  The  Enthalpy  of  Solution  activity  (23.2)  deals  specifical- 
ly with  dissolution  of  solids.  Describe  the  solution 

process  in  terms  of  three  distinct  steps.  Using  the  three 

steps,  explain  why  gases,  in  contrast  to  most  solids,  be- 
come /ess  soluble  as  temperature  increases. 

13.111  The  Enthalpy  of  Solution  activity  (73.7)  allows  you  to 
compare  the  overall  energy  changes  for  the  dissolution  of 

various  salts.  Compare  the  dissolution  of  sodium  hydrox- 
ide with  that  of  sodium  chloride,  (a)  How  do  the  energy 

changes  for  the  overall  processes  compare?  (b)  Discuss 
the  difference  in  magnitude  of  each  of  the  three  steps  for 
dissolution  ol  the  two  compounds. 

13.112  The  Henry's  Law  animation  (73.3)  illustrates  the  rela- 
tionship between  the  pressure  of  a  gas  above  a  liquid 

and  the  solubility  of  the  gas  in  the  liquid.  Sample  Exer- 
cise 13.3  determines  the  concentration  of  C02  in  a  car- 

bonated beverage  bottled  under  4.0  atm  of  C02.  (a)  If 
the  mole  fraction  of  C02  in  the  air  is  0.000375,  how 

many  times  more  concentrated  is  the  C02  in  the  un- 
opened bottle  than  it  is  in  a  glass  of  the  beverage  that 

has  gone  completely  flat?  (b)  Use  the  kinetic-molecular 
theory  of  gases  to  explain  why  the  solubility  of  a  gas  is 
proportional  to  its  pressure  over  the  liquid. 

13.113  The  Boiling  Point  Elevation  and  Freezing  Point  Depres- 
sion activity  (73.5)  shows  how  the  boiling  point  and  freez- 

ing point  of  water  are  affected  by  the  addition  of  various 
solutes,  (a)  If  vou  were  to  dissolve  10  g  sodium  chloride  in 

500  g  water,  what  would  be  the  boiling  point  of  the  solu- 
tion? (b)  If  you  were  to  heat  the  solution  in  part  (a),  and 

continue  heating  it  as  it  boiled,  what  would  happen  to  the 
temperature  over  time?  (c)  In  what  way  is  your  answer  to 
part  (b)  contrary  to  what  you  learned  in  Chapter  11 
(Section  114)  regarding  constant  temperature  during 

phase  changes?  Explain  this  apparent  contradiction. 
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eLABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  and  skills 
for  this  chapter  in  the  simulated  laboratory  of  Virtual  Cheml  ab. 
Worksheets  tor  each  of  these  exercises  are  found  in  the  Virtual 

ChemLab  Workbook  in  your  MediaPak. 
13.114  (VCL  13-1)  Creating  a  Solution  of  Known  Molality 

In  this  assignment  you  will  weigh  out  a  sample  of  solid 
\l  I  |C  I  and  create  a  solution  of  known  molality. 

13.115  (VCL  73-2)  Creating  a  Solution  of  known  Molarity 
In  this  assignment  you  will  weigh  out  a  sample  of  baking 
soda  (NaHCOi)  and  create  a  solution  of  known  molarity. 

13.116  (VCL   13-3)  Converting  Concentrations   to  Different 
Units 

Occasionally  when  making  solutions  in  the  laboratory 
it  is  convenient  to  make  a  solution  with  a  certain  con- 

centration unit,  smh  as  molarity  and  then  convert  the 
concentration  to  a  different  unit.  In  this  assignment  you 
will  make  a  sodium  bicarbonate  (baking  soda)  solution 
of  a  certain  molarity  and  then  convert  that  concentration 

to  molality,  mass  percent,  and  mole  traction. 
13.117  (VCL  13-4)  Boiling-Point  Elevation 

If  you  dissolve  a  substance  sm  h  as  ordinary  table  salt 
(NaCI)  in  water,  the  boiling  point  of  the  water  will  in- 

crease relative  to  the  boiling  point  of  the  pun'  water.  In 
this  assignment  vou  will  dissolve  a  sample  of  Na(  I  in 
water  and  measure  the  boiling  point  elevation  for  the 
solution. 

13.118  (VCL  13-5)  Freezing-Point  Depression 
If  you  dissolve  a  substance  such  as  ordinary  table  salt 

(NaCI)  in  water,  the  freezing  point  of  the  water  will  de- 
crease relative  to  the  freezing  point  of  the  pure  water. 

This  property  is  used  to  melt  the  snow  or  ice  on  roads 

during  the  winter  or  to  make  homemade  ice  cream.  In 
this  assignment  you  will  dissolve  a  sample  of  NaCI  in 
water,  add  some  ice,  and  then  measure  the  freezing- 

point  depression. 
13.119  ( VCL  13-b)  Molar  Mass  Determination  by  Boiling- 

Point  deration 

If  you  dissolve  a  substance  such  as  ordinary  table  salt 

(NaCI)  in  water,  the  boiling  point  of  the  water  will  in- 
crease relative  to  the  boiling  point  of  the  pure  water.  You 

can  use  this  property  to  calculate  the  molar  mass  of  an 
unknown.  In  this  assignment  you  will  dissolve  a  sample 
of  NaCI  in  water,  measure  the  boiling-point  elevation 
for  the  solution,  and  then  calculate  the  molar  mass  for 
NaCI  as  if  it  w  ere  an  unknown. 

13.120  (VCL  13-7)  Molar  Mass  Determination  by  Freezing- 
Point  Depression 
It  you  dissolve  a  substance  such  as  ordinary  table  salt 
(NaCI)  in  water,  the  boiling  point  of  the  water  will  in- 

crease relativ  e  to  the  boiling  point  of  the  pure  water.  You 
can  use  this  property  to  calculate  the  molar  mass  of  an 
unknown.  In  this  assignment  you  will  dissolve  a  sample 
of  NaCI  in  water,  measure  the  boiling  point  elevation  for 
the  solution,  and  then  calculate  the  molar  mass  for  NaCI 
as  if  it  were  an  unknown. 

13.121  (VCL  13-8)  Changes  in  the  Boiling  Point 
If  you  dissolve  a  substance  such  as  ordinar)  table  salt 
(NaCI)  in  water,  the  boiling  point  of  the  water  will  in- 

crease relative  to  the  boiling  point  of  the  pure  w  ater.  In 
this  assignment  you  will  dissolve  a  sample  of  NaCI  in 
water  and  observe  what  happens  when  vou  continue  to 
boil  the  water  until  the  water  boils  away. 
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WHAT'S  AHEAD 

•  There  are  four  experimental 
variables  that  affect  reaction  rates: 

concentration,  physical  states  of 
reactants,  temperature,  and  catalysts. 
These  factors  can  be  understood  in 
terms  of  the  collisions  among 
reactant  molecules  that  lead  to 
reaction.  (Section  14.1) 

•  We  consider  how  to  express  reaction 
rates  and  how  the  rates  of 

disappearance  of  reactants  and  the 
rates  of  appearance  of  products  are 
related  to  the  stoichiometrv  of  the 
reaction.  (Section  14.2) 

•  We  then  examine  how 
the  effect  of 
concentration 
on  rate  is 

expressed quantitatively  by 

rate  laws  and  how 
rate  laws  can  be 
determined 

experimentally. 
(Section  14.3) 

•  Rate  equations  can  be 
written  to  express  how 
concentrations  change 
with  time.  We  will  look  at 

two  simple  kinds  of  such 
rate  equations. 
(Section  14.4) 

•  We  next  consider  the  effect  of 

temperature  on  rate  and  the 
fact  that  reactions  require  a 
minimum  input  of  energy  called 
the  activation  energy  in  order  to 
occur.  (Section  14.5) 

•  We  then  examine  the  mechanisms  of 

reactions,  the  step-by-step  molecular 
pathways  leading  from  reactants  to 
products.  (Section  14.6) 

•  The  chapter  ends  with  a  discussion 
of  how  catalysts  speed  reaction  rates, 
including  a  discussion  of  biologica 
catalysts,  called  enzymes. 
(Section  14.7) 
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Chemical  Kinetics 

CHEMISTRY  IS,  BY  ITS  VERY  NATURE,  CONCERNED  WITH  CHANGE. 

Chemical  reactions  convert  substances  with  well- 

defined  properties  into  other  materials  with  differ- 

ent properties.  Much  of  our  study  of  chemical 

reactions  is  concerned  with  the  formation  of 

new  substances  from  a  given  set  of  reactants.  However,  it  is  equally 
important  to  understand  how  rapidly  chemical  reactions  occur. 

The  rates  of  reactions  span  an  enormous  range,  from  those  that 
are  complete  within  fractions  of  seconds,  such  as  explosions,  to 
those  that  take  thousands  or  even  millions  of  years,  such  as  the 

formation  of  diamonds  or  other  minerals  in  Earth's  crust 

(Figure  14  I  ►).   The   fireworks   shown    in    this  chapter- 
opening  photograph  require  very  rapid  reactions,  both  to 
propel  them  skyward  ami  to  produce  their  colorful  bursts 
of  light.  The  chemicals  used  in  the  fireworks  are  chosen 

both  to  give  the  desired  colors  and  to  do  so  very  rapid- 
ly. The  characteristic  red,  blue,  and  green  colors  are 

produced  by  salts  of  strontium,  copper  and  barium, 
respectively. 

The  area  of  chemistry  that  is  concerned  with 

the  speeds,  or  rales,  of  reactions  is  called 
chemical  kinetics.  Chemical  kinetics  is  a 

subject  of  broad  importance.  It  relates,  for 

example,  to  how  quickly  a  medicine  is 
able  to  work,  to  whether  the  formation 

and  depletion  of  ozone  in  the  upper  at- 

mosphere are  in  balance,  and  to  in- 
ustrial    challenges   such   as  the 

development  of  catalysts  to  syn- 
thesize new  materials. 

Our  goal  in  this  chapter  is 

not  only  to  understand  how 
to  determine   the   rates  at 
which  reactions  occur  but 
also  to  consider  the  factors 

that  control  these  rates. 

FIREWORKS  RELY  ON  RAPID  CHEMICAL  reactions  both  to  propel  them  skyward  and  to  produce 
their  colorful  bursts  of  light. 
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A  Figure  14.1    Reaction  rates.  The  rates  of 
chemical  reactions  span  a  range  of  time  scales. 
For  example,  explosions  are  rapid,  occurring  in 
seconds  or  fractions  of  seconds;  corrosion  can 
take  years;  and  the  weathering  of  rocks  takes 
place  over  thousands  or  even  millions  of  years. 

For  example,  what  factors  determine  how  rapidly  food  spoils?  How  does  one  de- 

sign a  fast-setting  material  for  dental  fillings?  What  determines  the  rate  at  which 
steel  rusts?  What  controls  the  rate  at  which  fuel  burns  in  an  automobile  engine? 

Although  we  won't  address  these  specific  questions  directly,  we  will  see  that  the 
rates  of  all  chemical  reactions  are  subject  to  the  same  basic  principles. 

T  Figure  14.2   Effect  of  concentration  on 
rate,  (a)  When  heated  in  air,  steel  wool  glows 
red-hot  but  oxidizes  slowly,  (b)  When  the  red-hot 
steel  wool  is  placed  in  an  atmosphere  of  pure 
oxygen,  it  burns  vigorously,  forming  Fe203  at  a 
much  faster  rate.  The  difference  in  behavior  is 
due  to  the  different  concentrations  of  02  in  the 
two  environments. 

14.1  |  Factors  that  Affect  Reaction  Rates  

Before  we  examine  the  quantitative  aspects  of  chemical  kinetics,  such  as  how 

rates  are  measured,  let's  examine  the  key  factors  that  influence  the  rates  of  reac- 
tions. Because  reactions  involve  the  breaking  and  forming  of  bonds,  their  speeds 

depend  on  the  nature  of  the  reactants  themselves.  There  are,  however,  four  fac- 
tors that  allow  us  to  change  the  rates  at  which  particular  reactions  occur: 

I. 

2. 

(a) 

The  physical  state  of  the  reactants.  Reactants  must  come  together  in  order  to 
react.  The  more  readily  molecules  collide  with  each  other,  the  more  rapidly 
they  react.  Most  of  the  reactions  we  consider  are  homogeneous,  involving 
either  gases  or  liquid  solutions.  When  reactants  are  in  different  phases, 
such  as  when  one  is  a  gas  and  another  a  solid,  the  reaction  is  limited  to  their 
area  of  contact.  Thus,  reactions  that  involve  solids  tend  to  proceed  faster  if 
the  surface  area  of  the  solid  is  increased.  For  example,  a  medicine  in  the 
form  of  a  tablet  will  dissolve  in  the  stomach  and  enter  the  bloodstream 

more  slowly  than  the  same  medicine  in  the  form  of  a  fine  powder. 

The  concentrations  of  the  reactants.  Most  chemical  reactions  proceed  faster  if 
the  concentration  of  one  or  more  of  the  reactants  is  increased.  For  example, 

steel  wool  burns  with  difficulty  in  air,  which  contains 
20%  O2,  but  bursts  into  a  brilliant  white  flame  in  pure 

oxygen  (Figure  14.2  <).  As  concentration  increases,  the 

frequency  with  which  the  reactant  molecules  collide  in- 
creases, leading  to  increased  rates. 

3.  The  temperature  at  which  the  reaction  occurs.  The  rates 

of  chemical  reactions  increase  as  temperature  is  in- 
creased. It  is  for  this  reason  that  we  refrigerate  per- 

ishable foods  such  as  milk.  The  bacterial  reactions 

that  lead  to  the  spoiling  of  milk  proceed  much  more 

rapidly  at  room  temperature  than  they  do  at  the 

lower  temperature  of  a  refrigerator.  Increasing  tem- 
perature increases  the  kinetic  energies  of  molecules. 

(Sri  tii hi  1 0.7)  As  molecules  move  more  rapidly, 

they  collide  more  frequently  and  also  with  higher 

energy,  leading  to  increased  reaction  rates. 
(1. 1 
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4.  The  presence  of  a  catalyst.  Catalysts  are  agents  that  increase  reaction  rates 
without  being  used  up.  They  affect  the  kinds  of  collisions  (the  mechanism ) 

that  lead  to  reaction.  Catalysts  play  a  crucial  role  in  our  lives.  The  physiolo- 
gy of  most  living  species  depends  on  enzymes,  protein  molecules  that  act  as 

catalysts,  increasing  the  rates  of  selected  biochemical  reactions. 

On  a  molecular  level,  reaction  rates  depend  on  the  frequency  of  collisions 
between  molecules.  The  greater  the  frequency  of  collisions,  the  greater  the  rate 
of  reaction.  In  order  for  a  collision  to  lead  to  reaction,  however,  it  must  occur 

with  sufficient  energy  to  stretch  bonds  to  a  critical  length  and  with  suitable  ori- 
entation for  new  bonds  to  form  in  the  proper  locations.  We  will  consider  these 

factors  as  we  proceed  through  this  chapter. 

Q    GIVE  IT  SOME  THOUGHT 

How  does  increasing  the  partial  pressures  of  the  reactive  components  of  a  gaseous 
mixture  affect  the  rate  at  which  the  components  react  with  one  another? 

14.2  I  Reaction  Rates 

The  speed  of  an  event  is  defined  as  the  change  that  occurs  in  a  given  interval  of 
time:  Whenever  we  talk  about  speed,  we  necessarily  bring  in  the  notion  of  time. 

For  example,  the  speed  of  a  car  is  expressed  as  the  change  in  the  car's  position 
over  a  certain  period  of  time.  The  units  of  this  speed  are  usually  miles  per  hour 

(mi/hr) — that  is,  the  quantity  that  is  changing  (position,  measured  in  miles)  di- 
vided by  a  time  interval  (hours). 

Similarly,  the  speed  of  a  chemical  reaction — its  reaction  rate — is  the  change 
in  the  concentration  of  reactants  or  products  per  unit  time.  Thus,  the  units  for 

reaction  rate  are  usually  molarity  per  second  (M/s) — that  is,  the  change  in  con- 
centration (measured  in  molarity)  divided  by  a  time  interval  (seconds).  i  activity 

Let's  consider  a  simple  hypothetical  reaction,  A  *  B,  depicted  in  Progress  of  Reaction 
Figure  14.3  ▼.  Each  red  sphere  represents  0.01  mol  of  A,  and  each  blue  sphere 

represents  0.01  mol  of  B.  Let's  assume  that  the  container  has  a  volume  of  1.00  L. 
At  the  beginning  of  the  reaction  there  is  1.00  mol  A,  so  the  concentration  is 

l.OOmol/L  =  1.00  M.  After  20  s  the  concentration  of  A  has  fallen  to  0.54  M, 
whereas  that  of  B  has  risen  to  0.46  M.  The  sum  of  the  concentrations  is  still 

1.00  M  because  1  mol  of  B  is  produced  for  each  mole  of  A  that  reacts.  After  40  s 
the  concentration  of  A  is  0.30  M  and  that  of  B  is  0.70  M. 

1.00  mol  A 
0  mol  B 

(a) 

0.54  mol  A 
0.46  mol  B 

(b) 

0.30  mol  A 
0.70  mol  B 

(c) 

Figure  14.3   Progress  of  a  hypothetical 
reaction  A  — *  B.  Each  red  sphere  represents 
0.01  mol  A,  each  blue  sphere  represents  0.01  mol  B, 
and  the  vessel  has  a  volume  of  1.00  L.  (a)  At  time 
zero  the  vessel  contains  1.00  mol  A  (100  red 
spheres)  and  0  mol  B  (no  blue  spheres),  (b)  After 
20  s  the  vessel  contains  0.54  mol  A  and 
0.46  mol  B.  (c)  After  40  s  the  vessel  contains 
0.30  mol  A  and  0.70  mol  B. 
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The  rate  of  this  reaction  can  be  expressed  either  as  the  rate  of  disappearance 

of  reactant  A  or  as  the  rate  of  appearance  of  product  B.  The  average  rate  of  ap- 
pearance of  B  over  a  particular  time  interval  is  given  by  the  change  in  concen- 

tration of  B  divided  by  the  change  in  time: 

change  in  concentration  of  B 

Average  rate  of  appearance  of  B  =  - change  in  time 

[B]atf2  ~  [B]  atf]  _  A[B] 

h  ~  t,  At 

114.1] 

We  use  brackets  around  a  chemical  formula,  as  in  [B],  to  indicate  the  concentra- 

tion of  the  substance  in  molarity.  The  Greek  letter  delta,  A,  is  read  "change  in," 
and  it  is  always  equal  to  the  final  quantity  minus  the  initial  quantity. 

The  average  rate  of  appearance  of  B  over  the  20-s  interval 
from  the-  beginning  of  the  reaction  (f  j  =  0  s  to  rS  =  20  s)  is  given  by 

0.46  M  -  0.00  M  , 
Average  rate  =   =  2.3  x  10  -  M/s 
h  20s  -0s  ' 

We  could  equally  well  express  the  rate  of  the  reaction  with  respect  to  the 
change  of  concentration  of  the  reactant,  A.  In  this  case  we  would  be  describing 
the  rate  of  disappearance  of  A,  which  we  express  as 

A[A] 

Average  rate  of  disappearance  of  A  =  [14.2] 

Notice  the  minus  sign  in  this  equation.  By  convention,  rates  are  always  expressed 
as  positive  quantities.  Because  [A]  is  decreasing  with  time,  A  [A]  is  a  negative 
number.  We  use  the  negative  sign  to  convert  the  negative  A[A]  to  a  positive 
rate.  Because  one  molecule  of  A  is  consumed  for  every  molecule  of  B  that  forms, 
the  average  rate  of  disappearance  of  A  equals  the  average  rate  of  appearance  of 
B,  as  the  following  calculation  shows: 

A  [A]        0.54  M  -  1.00  M  , 
Average  rate  =  =  2.3  x  10  -  M  s 6  At  20s  -0s 

■M  SAMPLE  EXERCISE  14.1  |  Calculating  an  Average  Rate  of  Reaction 

From  the  data  given  in  the  caption  or  Figure  14.3,  calculate  the  average  rate  at  which 
A  disappears  over  the  time  interval  from  20  s  to  40  s. 
Solution 
Analyze:  We  are  given  the  concentration  of  A  at  20  s  (0.54  M)  and  at  40  s  (0.30  M)  and 
asked  to  calculate  the  average  rate  of  reaction  over  this  time  interval. 
Plan:  The  average  rate  is  given  by  the  change  in  concentration,  A[A],  divided  by  the 
corresponding  change  in  time,  At.  Because  A  is  a  reactant,  a  minus  sign  is  used  in  the 
calculation  to  make  the  rate  a  positive  quantity. 
Solve: 

A  [A]        0.30  M  -  0.54  M       „         -  „. 
Average  rate  =     —  =         40  s  -  20  s      =       *      "  /& 

■i  PRACTICE  EXERCISE 

For  the  reaction  pictured  in  Figure  14.3,  calculate  the  average  rate  of  appearance  of 
B  over  the  time  interval  from  0  to  40  s.  (The  necessary  data  are  given  in  the  figure 

caption.) 
Answer:  1.8  <  10  2  M/s 
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1  TABLE  14.1 Rate  Data  for  Reaction  of  C^Cl  with  Water 

Time,  t(s) IQHqCl)  (M) Average  Rate  (M/s) 

0.0 
50.0 

0.1000  

0.0905  <d ~Z=-      1.9  ■  10  1 

100.0 0.0820  <ri r==-     1.7  x  io  1 
r==-     i.h  ■  io  1 

r=-     1.4  ■  io  1 

r==-    1.22  <  10  1 
r>      1.01   ■   10  1 

0.80  ■    10  1 
2==-    0.560  ■   10  1 

150.0 
200.0 

300.0 
400.0 

500.0 
800.0 

0.0741  <n 

0.0671  -=dT_ 
0.0549  <rr 

0.0448  -=CT_ 
0.0368  <CT_ 

0.0200  — 
10,000 n 

Change  of  Rate  with  Time 

Now,  let's  consider  an  actual  chemical  reaction,  one  that  occurs  when  butyl 
chloride  (C4Hc,C])  is  placed  in  water.  The  products  formed  are  butvl  alcohol 
(C4H\,OH)  and  hydrochloric  acid: 

C4H9C1(^)  4  H20(/)  >  C4H9OH{aq)  t  HCl(aq)  [14.3] 

Suppose  that  we  prepare  a  0.1000  M  aqueous  solution  of  C4FFjCl  and  then  mea- 
sure the  concentration  of  C4Fk,CI  at  various  times  after  time  zero,  collecting  the 

data  shown  in  the  first  two  columns  of  Table  14.1  ▲.  We  can  use  these  data  to 

calculate  the  average  rate  of  disappearance  of  C4H9O  over  the  intervals  be- 
tween measurements,  and  these  rates  are  given  in  the  third 

column.  Notice  that  the  average  rate  decreases  over  each  50-s 
interval  for  the  first  several  measurements  and  continues  to 

decrease  over  even  larger  intervals  through  the  remaining 

measurements.  It  is  typical  for  rates  to  decrease  as  a  reaction 
proceeds,  because  the  concentration  of  reactants  decreases. 
The  change  in  rate  as  the  reaction  proceeds  is  also  seen  in  a  graph 
of  the  concentration  of  C4HgCl  versus  time  (Figure  14.4  ►). 
Notice  how  the  steepness  of  the  curve  decreases  with  time, 
indicating  a  decreasing  rate  of  reaction. 

The  graph  shown  in  Figure  14.4  is  particularly  useful  be- 
cause it  allows  us  to  evaluate  the  instantaneous  rate,  the  rate 

at  a  particular  moment  in  the  reaction.  The  instantaneous  rate 
is  determined  from  the  slope  (or  tangent)  of  this  curve  at  the 
point  of  interest.  We  have  drawn  two  tangents  in  Figure  14.4, 

one  at  t  =  0  and  the  other  at  /  =  (->()()  s.  The  slopes  of  these 

tangents  give  the  instantaneous  rates  at  these  times.*  For  ex- 
ample, to  determine  the  instantaneous  rate  at  600  s,  we  draw 

the  tangent  to  the  curve  at  this  time,  then  construct  horizontal 
and  vertical  lines  to  form  the  right  triangle  shown.  The  slope 
is  the  ratio  of  the  height  of  the  vertical  side  to  the  length  of 
the  horizontal  side: 

0.100 

0.090 

0.080 

0.070 -  0.0N) 

U 
X 
u 

0.050 

0.040 

0.030 

0.020 

0.010 

0 

▼  Figure  14.4   Concentration  of  butyl 
chloride  (C4H9CI)  as  a  function  of  time.  The 
dots  represent  the  experimental  data  from  the 
first  two  columns  of  Table  14.1,  and  the  red  curve 
is  drawn  to  conned  the  data  points  smoothly. 
Lines  are  drawn  that  are  tangent  to  the  curve  at 
t  =  0  and  t     600  s  The  slope  of  each  tangent 
is  defined  as  the  vertical  change  divided  by  the 
horizontal  change:  A  ( C4H9CI]  Af  The  reaction 
rate  at  any  time  is  related  to  the  slope  of  the 
tangent  to  the  curve  at  that  time.  Because  C4HqCI 
is  disappearing,  the  rate  is  equal  to  the  negative of  the  slope 

Instantaneous 
rati'  at  /  =  0 
(initial  rate) 

Instantaneous 
rate  at/     600  s 

100  200  300  400  500  600  700  800  moo I  ime  (s) 

Instantaneous  rate 
A[C4H9C1] 

A/ 
(0.017  -  0.042)  M 

(800  -  400) s 

0.2  ■  10  ̂ M/s 

*  You  may  wish  to  review  briefly  the  idea  of  graphical  determination  of  slopes  by  referring  to  Ap- 
pendix A.  If  you  are  familiar  with  calculus,  you  may  recognize  that  the  av  erage  rate  approaches  the 

instantaneous  rate  as  the  time  interv  al  approaches  zero.  This  limit,  in  the  notation  of  calculus,  is 
represented  as  -i7[C4HMCI]/i/f. 



580       Chapter  14     |     Chemical  Kinetics 

In  what  follows,  the  term  "rate"  means  "instantaneous  rate,"  unless  indicated 
otherwise.  The  instantaneous  rate  at  t  =  0  is  called  the  initial  rate  of  the  reaction. 

To  understand  better  the  difference  between  average  rate  and  instanta- 

neous rate,  imagine  that  you  have  just  driven  C'S  mi  in  2.0  hr.  Your  average 
speed  is  4°-  mi  hr,  whereas  your  instantaneous  speed  at  any  moment  is  the 
speedometer  reading  at  that  time. 

■i  SAMPLE  EXERCISE  14.2  |  Calculating  an  Instantaneous  Rate  of  Reaction 

Using  Figure  14.4,  calculate  the  instantaneous  rate  of  disappearance  of  C4Hc,CI  at 
t  =  0  (the  initial  rate). 

Solution 

Analyze:  We  are  asked  to  determine  an  instantaneous  rate  from  a  graph  of  concen- 
tration versus  time. 

Plan:  To  obtain  the  instantaneous  rate  at  f  =  0,  we  must  determine  the  slope  of  the 
curve  at  /  0.  The  tangent  is  drawn  on  the  graph.  The  slope  of  this  straight  line 
equals  the  change  in  the  vertical  axis  divided  by  the  corresponding  change  in  the  hor- 

izontal axis  (that  is,  change  in  molarity  over  change  in  time). 
Solve:  The  straight  line  falls  from  [C4H9CI]  =  0. 100  M  to  0.060  M  in  the  time  change 
from  0  s  to  201)  s,  as  indicated  by  the  tan  triangle  shown  in  Figure  14.4.  Thus,  the  ini- 

tial rate  is 

A|C4HmC11        (0.060  -  0.100)  M Rate  =  —A          =    —  =  2.0  X  10  4  M/s 
Af  (200  -  0)  s 

Ml  PRACTICE  EXERCISE 

Using  Figure  14.4,  determine  the  instantaneous  rate  of  disappearance  of  C4Hl,C1  at 
f  =  300  s. 

Answer:  1.1   ■   10  4  M/s 

Q    GIVE  IT  SOME  THOUGHT 

Figure  14.4  shows  two  triangles  that  are  used  to  determine  the  slope  of  the  curve  at 

two  different  times.  How  do  you  determine  how  large  a  triangle  to  draw  when  de- 
termining the  slope  of  a  curve  at  a  particular  point? 

Reaction  Rates  and  Stoichiometry 

During  our  earlier  discussion  of  the  hypothetical  reaction  A   >  B,  we  saw  that 
the  stoichiometry  requires  that  the  rate  of  disappearance  of  A  equals  the  rate  of 
appearance  of  B.  Likewise,  the  stoichiometry  of  Equation  14.3  indicates  that  1  mol 
of  C4H4OH  is  produced  for  each  mole  of  C4HL,C1  consumed.  Therefore,  the  rate 

of  appearance  of  C4Hi,OH  equals  the  rate  of  disappearance  of  C4HgCl: 

A[C4H4C1]  A[C4HqOH] 

Rate  =  -      —  =   — Af  Af 

What  happens  when  the  stoichiometric  relationships  are  not  one  to  one? 
For  example,  consider  the  following  reaction: 

2  HI(y)   >  H2(y)  +  l2(g) 

We  can  measure  the  rate  of  disappearance  of  HI  or  the  rate  of  appearance  of  ei- 
ther H2  or  I2.  Because  2  mol  of  HI  disappear  for  each  mole  of  Hi  or  I2  that 

forms,  the  rate  of  disappearance  of  HI  is  twice  the  rate  of  appearance  of  either 

1 12  or  l2.  To  equate  the  rates,  we  must  therefore  divide  the  rate  of  disappear- 
ance of  HI  by  2  (its  coefficient  in  the  balanced  chemical  equation): 

1  A|H1]      A[H2]  A[I2] 
Kale 2    Af  Af  Af 
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Using  Spectroscopic 

A variety  of  techniques  can  be  used  to  monitor  the  concen- 
tration of  a  reac  tant  or  product  during  a  reaction.  Spectro- 

scopic methods,  which  rely  on  the  ability  ol  substances  to 
absorb  (or  emit)  electromagnetic  radiation,  are  some  of  the 
most  useful.  Spectroscopic  kinetic  studies  are  often  performed 
with  tlie  reaction  mixture  in  the  sample  compartment  of  the 

spectrometer.  I  he  spectrometer  is  set  to  measure  the  light  ab- 
sorbed at  a  wavelength  characteristic  ol  one  ol  the  reactants  or 

products.  In  the  decomposition  ol  111(e)  into  ID(,e)  and  D(y), 
for  example,  both  HI  and  1 D  are  colorless,  whereas  D  is  violet. 
During  the  course  ol  the  reaction,  the  color  increases  in  inten- 

sity as  It  forms.  Thus,  visible  light  of  appropriate  wavelength 
can  be  used  to  monitor  the  reaction. 

Figure  14.5  ▼  shows  the  basic  c  omponents  ol  a  spectrom- 
eter. The  spectrometer  measures  the  amount  ol  light  absorbed 

by  the  sample  by  comparing  the  intensity  ol  the  light  emitted 

Source      Lenses/slits/  Monochromator 
collimators 

A  Figure  14.5   Basic  components  of  a  spectrometer. 

Methods  to  Measure  Reaction  Rates 

from  the  light  source  with  the  intensity  ol  the  light  that 

emerges  from  the  sample.  As  the  concentration  of  h  increases 
and  its  color  becomes  more  intense,  the  amount  of  light  ab- 

sorbed by  the  reaction  mixture  increases,  causing  less  light  to 
reach  the  detector. 

Beer's  law  relates  the  amount  ot  light  being  absorbed  to 
the  concentration  ol  the  substance  absorbing  the  light: 

A     ah  [14.^1 

In  this  equation,  A  is  the  measured  absorbance,  ii  is  the  molar 
absorptivity  constant  (a  characteristic  ol  the  substance  being 
monitored),  b  is  the  path  length  through  which  the  radiation 
must  pass,  and  i  is  the  molar  concentration  of  the  absorbing 
substance,  thus,  the  concentration  is  di recti)  proportional  to 
absorbance. 
Related  Exercise:  14.88 

Sample  Detector  Computer 

In  general,  tor  the  reaction 

a  A  +  b  B   *  c  C  +  d  D 

the  rate  is  given  bv 

1  A[ A]         1  A[B]      1  A[C|      I  AID] 
Rate  =  l—L  =   ~r    ~  =  ~-~  =  [14.4 a    A/  b   It       c    It  (/A/ 

When  we  speak  ol  the  rate  of  a  reaction  without  specifying  a  particular  reactant 

or  product,  we  will  mean  it  in  this  sense.* 

H  SAMPLE  EXERCISE  14.3  |  Relating  Rates  at  Which  Products  Appear  and  Reactants  Disappear 

(a)  How  is  the  rate  at  which  ozone  disappears  related  to  the  rate  at  which  oxygen  appears  in  the  reaction  2  O-fy)   "  3  02(g)"? 
(b)  If  the  rate  at  which  O  appears,  AjO->]/Ar,  is  (->.()  ■  10  1  M/s  at  a  particular  instant,  .it  what  rate  is  O3  disappearing  .it  this  same 
time,  -A[03]/Af? 

Solution 

Analyze:  We  are  given  a  balanced  chemical  equation  and  asked  to  relate  the-  rate  of  appearance  of  the  product  to  the  rate  of  dis- 
appearance of  the  reactant. 

Plan:  We  can  use  the  coefficients  in  the  chemical  equation  as  shown  in  Equation  14.4  to  express  the  relath  e  rates  ol  reac  tions. 

*  Equation  14.4  does  not  hold  true  if  substances  other  than  C  and  D  are  formed  in  significant 
amounts  during  the  course  of  the  reaction.  For  example,  sometimes  intermediate  substances  build 
in  concentration  before  forming  the  final  products.  In  that  case  the  relationship  between  the  rate  ol 
disappearance  of  reactants  and  the  rate  ot  appearance  of  products  will  not  lie  given  In  Equation 
14.4.  All  reactions  whose  rates  we  consider  111  this  chapter  obey  I  quation  14.4. 
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Solve:  (a)  Using  the  coefficients  in 
the  balanced  equation  and  the  rela- 

tionship given  bv  Equation  14.4,  we  ^aie  _  _I  Ai^ll  =  *  A[Q2] have:  2    A/        3  At 

(b)  Solving  the  equation  from  part 

(a)  for  the  rate  at  which  03  disap-"  _  AJO3]  =  2  AjO,]  =  2  x  1Q_5         =  5 pears, -A [O3]/ A f,  we  have:  A/  3    A/  3 

Check:  We  can  directly  apply  a  stoi-  A[03]  /              -  mol  O./L \( 2  mol  03  \  -  mol  O^/L 
chiometric  factor  to  convert  the  O,  — — —  =    6.0  x  10~-    —    =  4.0  X  10"5- 
formation  rate  to  the  rate  at  which  At  V  s       /\3mol02y  s 

the  O3  disappears:  =  4  q  x  1Q-5  m/s 

■■  PRACTICE  EXERCISE 

The  decomposition  of  N20^  proceeds  according  to  the  following  equation: 

2  N205(g)   >  4  N02(g)  +  02(g) 

If  the  rate  of  decomposition  of  NiOs  at  a  particular  instant  in  a  reaction  vessel  is  4.2  X  10"7  M/s,  what  is  the  rate  of  appearance  of (a)  NO,,  (b)02? 

Answers:  (a)  8.4  x        M/s,  (b)  2.1  x  10~7  M/s 

ACTIVITY 
Decomposition  of  N205 

14.3  I  Concentration  and  Rate 

One  way  of  studying  the  effect  of  concentration  on  reaction  rate  is  to  determine 

the  way  in  which  the  rate  at  the  beginning  of  a  reaction  (the  initial  rate)  de- 
pends on  the  starting  concentrations.  To  illustrate  this  approach,  consider  the 

following  reaction: 

NH4+((7<7)  +  NO:  (aq) 
N2(tf)  +  2  H20(/) 

We  might  study  the  rate  of  this  reaction  bv  measuring  the  concentration  of  NH4  + 

or  N02~  as  a  function  of  time  or  by  measuring  the  volume  of  N2  collected.  Because 
the  stoichiometric  coefficients  on  NH4+,  N02  ,  and  N2  are  all  the  same,  all  of  these 
rates  will  be  equal. 

Table  14.2  ▼  shows  the  initial  reaction  rate  for  various  starting  concentra- 

tions of  NH4  +  and  N02~.  These  data  indicate  that  changing  either  [NH4*]  or 
[N02~]  changes  the  reaction  rate.  Notice  that  if  we  double  [NH4+]  while  hold- 

ing [N02~]  constant,  the  rate  doubles  (compare  experiments  1  and  2).  If  [NH4~] 
is  increased  by  a  factor  of  4  with  [N02~]  left  unchanged  (compare  experiments 
1  and  3),  the  rate  changes  by  a  factor  of  4,  and  so  forth.  These  results  indicate 

that  the  rate  is  proportional  to  [NH4*].  When  [N02~]  is  similarly  varied  while 
[NH4+]  is  held  constant,  the  rate  is  affected  in  the  same  manner.  Thus,  the  rate 

is  also  directly  proportional  to  the  concentration  of  N02~.  We  can  express  the 

ACTIVITY 
Rates  of  Reaction 

TABLE  14.2  Rate  Data  for  the  Reaction  of  Ammonium  and  Nitrite  Ions 

in  Water  at  25°C 

Experiment Number 

Initial  NH/ 

Concentration  (M) 

Initial  N02 

Concentration  (M) 
Observed  Initial Rate  (M/s) 

1 0.0100 0.200 

5.4  x  10"7 

2 0.0200 
0.200 

10.8  x  10~7 

3 
0.0400 0.200 

21.5  X  10~7 

4 0.0600 0.200 

32.3  x  10"7 

5 0.200 
0.0202 

10.8  x  10~7 

h 0.200 0.0404 

21.6  x  10"7 

7 0.200 
0.0606 

32.4  x  10~7 

8 0.200 
0.0808 

43.3  X  10~7 
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way  in  which  the  rate  depends  on  the  concentrations  of  the  reactants,  \H4 
and  N02  ,  in  terms  of  the  following  equation: 

Rate  =  MNH4+][N02  I  [14.6] 

An  equation  such  as  Equation  14.h,  w  hich  shows  how  the  rate  depends  on 
the  concentrations  of  reactants,  is  called  a  rate  law.  For  a  general  reaction, 

a  A  +  b  B   »  c  C  +  d  D 

the  rate  law  generally  has  the  Form 

Rate  =  k[A]'"[B]"  [14.7] 

The  constant  k  in  the  rate  law  is  called  the  rate  constant.  The  magnitude  of  k 

changes  with  temperature  and  therefore  determines  how  temperature  affects 
rate,  as  we  will  see  in  Section  14.3.  The  exponents  m  and  //  are  typically  small 
whole  numbers  (usually  0,  1,  or  2).  We  will  consider  these  exponents  more 
closely  very  shortly. 

If  we  know  the  rate  law  for  a  reaction  and  its  rate  for  a  set  of  reactant  con- 

centrations, we  can  calculate  the  value  of  the  rate  constant,  k.  For  example, 

using  the  data  in  fable  14.2  and  the  results  from  experiment  1,  we  can  substi- 
tute into  Equation  14.^ 

5.4  x  10  7  M/s  -  fc(0.0100  M)(0.200  M) 

Solving  for  k  gives 

5.4  <  10  7  M/s 
k  =   =  2.7  X  10  4  A/I  s"1 (0.0100  M)(0.200  M) 

You  may  wish  to  verify  that  this  same  value  of  k  is  obtained  using  any  of  the 
other  experimental  results  given  in  (able  14.2. 

Once  we  have  both  the  rate  law  and  the  value  of  the  rate  constant  for  a  re- 

action, we  can  calculate  the  rate  of  reaction  for  any  set  of  concentrations.  For  ex- 

ample, using  Equation  14. h  and  k  -  2.7  ■  10  4  A/I  1  s  ,  we  can  calculate  the 
rate  for  [NH4+]  =  0.100  Aland  [N02  I  =  0.100  M: 

Rate  =  (2.7  x  10  4  M  ls  ')(0.100  M)(0.100  M)  =  2.7  <  10  6  M/s 

Q    GIVE  IT  SOME  THOUGHT 

(a)  What  is  a  rate  law?  (b)  What  is  the  name  of  the  quantity  k  in  any  rate  law? 

Exponents  in  the  Rate  Law 

The  rate  laws  for  most  reactions  have  the  general  form 

Rate     k\ reactant  1  |"'[reactant  2]"  ...  [14.8] 

The  exponents  m  and  //  in  a  rate  law  are  called  reaction  orders.  For  example, 

consider  again  the  rate  law  for  the  reaction  of  NH4"  with  N02  : 
Rate  =  fc[NH4+][N02  I 

Because  the  exponent  of  |NH4  ]  is  1,  the  rate  is  first  order  in  NH4 ' .  The  rate  is 

also  first  order  in  N02~.  (The  exponent  "I"  is  not  shown  explicitly  in  rate  laws.) 
The  overall  reaction  order  is  the  sum  of  the  orders  with  respect  to  each  reactant 
in  the  rate  law.  Thus,  the  rate  law  has  an  overall  reaction  order  of  I  +  1  2, 
and  the  reaction  is  second  order  overall. 

The  exponents  in  a  rate  law  indicate  how  the  rate  is  affected  by  the  concen- 
tration of  each  reactant.  Because  the  rate  at  which  \H4  reacts  with  N02  de- 

pends on  [NH4*]  raised  to  the  first  power,  the  rate  doubles  when  [NH4  ] 
doubles,  triples  when  [NH4t|  triples,  and  so  forth.  Doubling  or  tripling  [NO:  ] 
likewise  doubles  or  triples  the  rate.  If  a  rate  law  is  second  order  with  respect  to 
a  reactant,  [A]  ,  then  doubling  the  concentration  of  that  substance  causes  the 
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reaction  rate  to  quadruple  ([2]2  =  4),  whereas  tripling  the  concentration  caus- 
es the  rate  to  increase  ninefold  ([3]2  =  9). 
The  following  are  some  additional  examples  of  rate  laws: 

2  N205(g)  *  4  N02(g)  +  02(g)       Rate  =  Jt[N205]  [14.9] 

CHCl3(g)  +  Cl2(g)  "  ->  CCl4(g)  +  HCI(x)       Kate  -  fc[CHCl3][Cl2]1  2  [14.10] 

H2(g)  t-  [2(g)  -  -»  2HI(g)  Kate  -  fc[H2][I2]  [14.11] 

Although  the  exponents  in  a  rate  law  are  sometimes  the  same  as  the  coefficients 
in  the  balanced  equation,  this  is  not  necessarily  the  case,  as  seen  in  Equations 
14.9  and  14.10.  The  values  of  these  exponents  must  he  determined  experimentally.  In 

most  rate  laws,  reaction  orders  are  0,  1,  or  2.  I  lowever,  we  also  occasionally  en- 
counter rate  laws  in  which  the  reaction  order  is  fractional  (such  as  Equation 

14. 10)  or  even  negative. 

9 GIVE  IT  SOME  THOUGHT 

The  experimentally  determined  rate  law  for  the  reaction  2  NO(g)  ~  2  H2(g)   * 

N2(g)  +  2  H20(g)  is  rate  =  /c[NO]2[H2].  (a)  What  are  the  reaction  orders  in  this  rate 
law?  (b)  Does  doubling  the  concentration  of  NO  have  the  same  effect  on  rate  as 
doubling  the  concentration  of  H2? 

SAMPLE  EXERCISE  14.4 Relating  a  Rate  Law  to  the  Effect  of  Concentration 
on  Rate 

Consider  a  reaction  A  +  B   >  C  tor  which  rate  =  A|A][B]".  Each  of  the  following 
boxes  represents  a  reaction  mixture  in  which  A  is  shown  as  red  spheres  and  B  as  pur- 

ple ones.  Rank  these  mixtures  in  order  of  increasing  rate  of  reaction. 

•  * 

•        
*  

• 

*  *  * •  *  • 

#        V  V *    *  * 9   •  * (1) 

(2) 

(3) 

Solution 

Analyze:  We  are  given  three  boxes  containing  different  numbers  of  spheres  repre- 
senting mixtures  containing  different  reactant  concentrations.  We  are  asked  to  use  the 

given  rate  law  and  the  compositions  of  the  boxes  to  rank  the  mixtures  in  order  of  in- 
creasing reaction  rates. 

Plan:  Because  all  three  boxes  have  the  same  volume,  we  can  put  the  number  of 
spheres  of  each  kind  into  the  rate  law  and  calculate  the  rate  for  each  box. 
Solve:  Box  1  contains  5  red  spheres  and  5  purple  spheres,  giving  the  following  rate: 

Box  1:  Rate  =  fc(5)(5)2  =  125*: 
Box  2  contains  7  red  spheres  and  3  purple  spheres: 

Box  2:  Rate  =  k(7)(3)2  =  63k 
Box  3  contains  3  red  spheres  and  7  purple  spheres: 

Box  3:  Rate  =  k(3){7)2  =  U7k 

The  slowest  rate  is  63A"  (box  2),  and  the  highest  is  \A7k  (box  3).  Thus,  the  rates  vary  in 
the  order  2  <  1  <  3. 
Check:  Each  box  contains  10  spheres.  The  rate  law  indicates  that  in  this  case  [B]  has  a 
greater  influence  on  rate  than  [A]  because  B  has  a  higher  reaction  order.  Hence,  the 
mixture  with  the  highest  concentration  of  B  (most  purple  spheres)  should  react 
fastest.  This  analysis  confirms  the  order  2  <  1  <  3. 



14.3         Concentration  and  Rate  585 

■1  PRACTICE  EXERCISE 

Assuming  that  rate  =  A|A][B],  rank  the  mixtures  represented  in  this  Sample  Exercise 
in  order  of  increasing  rate. 
Answer:  2  =  3^  I 

Units  of  Rate  Constants 

The  units  of  the  rate  constant  depend  on  the  overall  reaction  order  of  the  rate  law. 

In  a  reaction  that  is  second  order  overall,  for  example,  the  units  of  the  rate  con- 
stant must  satisfy  the  equation: 

Units  of  rate     (units  of  rate  constant)(units  of  concentration) 

Hence,  in  our  usual  units  of  concentration  and  tune 

units  of  rate  M/s  ,  . 
Units  of  rate  constant  =  -,  — =-  =  M  s 

(units  of  concentration)  M~ 

■i  SAMPLE  EXERCISE  14.5  |  Determining  Reaction  Orders  and  Units  for  Rate 
Constants 

(a)  What  are  the  overall  reaction  orders  lor  the  reactions  described  in  Equations  14.9 

and  14.  Id7  (b)  What  are  the  units  of  the  rate  constant  tor  the  rate  law  for  Equation  14. L>1 
Solution 

Analyze:  We  are  given  two  rate  laws  and  asked  to  express  (a)  the  overall  reaction 
order  for  each  and  (b)  the  units  tor  the  rate  constant  tor  the  first  reaction. 

Plan:  The  overall  reaction  order  is  the  sum  ot  the  exponents  in  the  rate  law.  The  units 
for  the  rate  constant,  k,  are  found  by  using  the  normal  units  for  rate  (M  s)  and  con- 

centration (A4)  in  the  rate  law  and  applying  algebra  to  solve  for  k. 
Solve:  (a)  The  rate  of  the  reaction  in  Equation  14.4  is  first  order  in  N2O5  and  first 
order  overall.  The  reaction  in  Equation  14.10  is  first  order  in  CHCI3  and  one-hall 
order  in  CU.  The  ov  erall  reaction  order  is  three  halv  es, 

(b)  l  or  the  rate  law  for  Equation  I4.M,  we  hav  e 

Units  of  rate  =  (units  of  rate  constant)(units  of  concentration) 

So 

units  of  rate  M/s 
Units  ot  rate  constant  =  .  =  s units  ot  concentration  M 

Notice  that  the  units  of  the  rate  constant  change  as  the  overall  order  of  the  reaction 
changes. 

Wm  PRACTICE  EXERCISE 

(a)  What  is  the  reaction  order  of  the  reactant  IE  in  Equation  14.1 1 7  (b)  What  are  the 
units  of  the  rate  constant  for  Equation  14.1 1  ? 
Answers:  (a)  1,  (b)  M  1  s  1 

Using  Initial  Rates  to  Determine  Rate  Laws 

The  rate  law  for  any  chemical  reaction  must  be  determined  experimentall) ;  it 

cannot  be  predicted  by  merely  looking  at  the  chemical  equation.  We  often  de- 
termine the  rate  law  for  a  reaction  bv  the  same  method  we  applied  to  the  data 

in  Table  14.2:  We  observe  the  effect  of  changing  the  initial  concentrations  of  the 
reactants  on  the  initial  rate  of  the  reaction. 

In  most  reactions  the  exponents  in  the  rate  law  are  0,  1,  or  2.  If  a  reaction  is 

zero  order  in  a  particular  reactant,  changing  its  concentration  will  have  no  ef- 
fect on  rate  (as  long  as  some  of  the  reactant  is  present)  because  any  concentration 

raised  to  the  zero  power  equals  1 .  On  the  other  hand,  we  have  seen  that  when  a 
reaction  is  first  order  in  a  reactant,  changes  in  the  concentration  of  that  reactant 
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will  produce  proportional  changes  in  the  rate.  Thus,  doubling  the  concentra- 
tion will  double  the  rate,  and  so  forth.  Finally,  when  the  rate  law  is  second 

order  in  a  particular  reactant,  doubling  its  concentration  increases  the  rate  by 

a  factor  of  2"  =  4,  tripling  its  concentration  causes  the  rate  to  increase  by  a 
factor  of  32  =  9,  and  so  forth. 

In  working  with  rate  laws,  it  is  important  to  realize  that  the  rate  of  a  reac- 
tion depends  on  concentration,  but  the  rate  constant  does  not.  As  we  will  see 

later  in  this  chapter,  the  rate  constant  (and  hence  the  reaction  rate)  is  affected  bv 
temperature  and  by  the  presence  of  a  catalyst. 

■M  SAMPLE  EXERCISE  14.6  |  Determining  a  Rate  Law  from  Initial  Rate  Data 

The  initial  rate  of  a  reaction  A  +  B   *  C  was  measured  for  several  different  starting  concentrations  of  A  and  B,  and  the  results are  as  follows: 

Experiment 
Initial 

Number [A]  (M) [B]  (M) 
Rate  (M/s) 

1 0.100 
0.100 

4.0  X  10~5 

2 0.100 0.200 

4.0  x  10" 3 

3 0.200 
0.100 

16.0  x  1Q-" 
Using  these  data,  determine  (a)  the  rate  law  for  the  reaction,  (b)  the  magnitude  of  the  rate  constant,  (c)  the  rate  of  the  reaction 
when  | A]  =  0.050  M  and  [B]  =  0.100  M. 

Solution 
Analyze:  We  are  given  a  table  of  data  that  relates  concentrations  of  reactants  with  initial  rates  of  reaction  and  asked  to  determine 
(a)  the  rate  law,  (b)  the  rate  constant,  and  (c)  the  rate  of  reaction  for  a  set  of  concentrations  not  listed  in  the  table. 

Plan:  (a)  We  assume  that  the  rate  law  has  the  following  form:  Rate  =  A[A]'"[B]",  so  we  must  use  the  given  data  to  deduce  the  re- 
action orders  m  and  n.  We  do  so  by  determining  how  changes  in  the  concentration  change  the  rate,  (b)  Once  we  know  in  and  n,  we 

can  use  the  rate  law  and  one  of  the  sets  of  data  to  determine  the  rate  constant  k.  (c)  Now  that  we  know  both  the  rate  constant  and 
the  reaction  orders,  we  can  use  the  rate  law  with  the  given  concentrations  to  calculate  rate. 
Solve:  (a)  As  we  move  from  experiment  1  to  experiment  2,  [A]  is  held  constant  and  [B]  is  doubled.  Thus,  this  pair  of  experiments 
shows  how  [B]  affects  the  rate,  allowing  us  to  deduce  the  order  of  the  rate  law  with  respect  to  B.  Because  the  rate  remains  the  same 
when  [B]  is  doubled,  the  concentration  of  B  has  no  effect  on  the  reaction  rate.  The  rate  law  is  therefore  zero  order  in  B  (that  is,  n  =  0). 

In  experiments  1  and  3,  [B]  is  held 
constant  so  these  data  show  how  [A] 
affects  rate.  Holding  [B]  constant 
while  doubling  [A]  increases  the 
rate  fourfold.  This  result  indicates 

that  rate  is  proportional  to  [A]"  (that is,  the  reaction  is  second  order  in  A). 
Hence,  the  rate  law  is 

This  rate  law  could  be  reached  in  a 

more  formal  way  by  taking  the  ratio 
of  the  rates  from  two  experiments: 

Using  the  rate  law,  we  have 

2"  equals  1  under  only  one  condition: 

We  can  deduce  the  value  of  m  in  a 
similar  fashion: 

Using  the  rate  law  gives 

Because  2"'  =  4,  we  t  onclude  that 

Rate  =  /c[A]2[B]°  =  fc[A]2 

Rate  2  4.0  X  10~5  M/s 
Ratel      4.0  x  10~5M/s 

_  rate  2  _  k&AW-MY"  [0.200  M]"  _  [0.200]1' 
~  rate  1  ~  i^TOe-Mf*  [0.100  M]"  ~  [0.100]'1 

u  =  0 

Rate  3  _  16.0  x  1Q~5  M/s  _ 
Rate  1      4.0  x  10  ̂  M/s 

_  rate  3  _  Jc[0.200  M]'" _  [0-200] 
4  ~~  rate  1  ~    [0.100  M]"'\QAQ^Mf  ~  [0.100] 

m  =  2 
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(b)  Using  the  rate  law  and  the  data  rate      4.0  -  10  5  M  s 
from  experiment  1,  we  have  k  =  — r  =  — -     =  4.1)  x  10    M  s h  [A]-         (0.100  M) 

(c)  Using  the  rate  law  from  part  (a) 
and  the  rate  constant  from  part  (b), 

we  have  Rate  =  k\A\2  =  (4.0  X  10  5  M  1  s  ')(0.050  M)2  =  1.0  <  10-5  M  s 

Because  |B]  is  not  part  of  the  rate  law,  it  is  irrelev  ant  to  the  rate,  provided  that  there  is  at  least  some  B  present  to  react  with  A. 
Check:  A  good  way  to  check  our  rate  law  is  to  use  the  concentrations  in  experiment  2  or  3  and  see  if  we  can  correctly  calculate  the 
rate.  Using  data  from  experiment  3,  we  have 

Kate  =  k[A]2  =  (4.0  X  10  ̂ M  1  s  ')(0.200  M)2  =  1.60  •  10  4  M  s 

Thus,  the  rate  law  correctly  reproduces  the  data,  giving  both  the  correct  number  and  the  correct  units  for  the  rate. 

■1  PRACTICE  EXERCISE 

The  following  data  were  measured  tor  the  reaction  of  nitric  oxide  with  hydrogen: 

2  NO(g)  +  2  H2(x)   *  N2(g)  +  2  H20(x) 

Experiment 
Initial  Rate 

Number |NO]  (M) |H2|  (M) 
(M/s) 

1 0.10 0.10 
1.23  X  10  3 2 

0.10 0.20 

2.46  X  10  ' 
3 0.20 0.10 

4.M2  ■  10~3 (a)  Determine  the  rate  lav\  toi  this  iv.i.  imn  (b)  (  ,il>  ul.itr  I  he  rate  constant  (c)  C  a  leu  late  the  rate  when  [  XO|  0.050  \  1  and 
[H2]  =  0.150  M. 

Answers:  (a)  rate  =  Jc[NO]2[H2];  (b)  k  =  1.2  M  2  s  ';  (c)  rate  =  4.5  X  10~4  M/s 

14.4  I  The  Change  of  Concentration  with  Time 

Rate  laws  enable  us  to  calculate  the  rate  of  a  reaction  from  the  rate  constant  and 

reactant  concentrations.  Rate  laws  can  also  be  conv  erted  into  equations  that  tell 
us  what  the  concentrations  of  the  reactants  or  products  are  at  any  time  during 

the  course  of  a  reaction.  The  mathematics  required  involves  calculus.  We  don't 
expect  you  to  be  able  to  perform  the  calculus  operations;  howev  er,  you  should 
be  able  to  use  the  resulting  equations.  We  will  apply  this  conversion  to  two  of 

the  simplest  rate  laws:  those  that  are  first  order  overall  and  those  that  are  sec- 
ond order  overall. 

First-Order  Reactions 

A  first-order  reaction  is  one  whose  rate  depends  on  the  concentration  of  a  single        ̂   First-Order  Process 
reactant  raised  to  the  first  power.  For  a  reaction  of  the  type  A   -*  products,  the 
rate  law  may  be  first  order: A  [A] 

Rate  =  =  k\A] A/ 

This  form  of  a  rate  law,  which  expresses  how  rate  depends  on  concentration,  is 

called  the  differential  rate  law.  Using  an  operation  from  calculus  called  integra- 
tion, this  relationship  can  be  transformed  into  an  equation  that  relates  the  con- 

centration of  A  at  the  start  of  the  reaction,  |A]n,  to  its  concentration  at  any  other 
time  f,  [A],: 

ln[A],  -  ln[A]0  =  -kt    or    In  ̂   =  -kt  [14.12] 

Jk  ANIMATION 
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This  form  of  the  rate  law  is  called  the  integrated  rate  law.  The  function  "In"  in 
Equation  14.12  is  the  natural  logarithm  (Appendix  A. 2).  Equation  14.12  can  also 
be  rearranged  and  written  as  follows: 

ln[A],  =  -kt  +  ln[A]0  [14.13] 

Equations  14.12  and  14.13  can  be  used  with  any  concentration  units,  as  long  as 
the  units  are  the  same  for  both  [A],  and  [A|(). 

For  a  first-order  reaction,  Equation  14.12  or  14.13  can  be  used  in  several 
ways.  Given  any  three  of  the  following  quantities,  we  can  solve  for  the  fourth: 

k,  t,  | A],,,  and  [A),.  Thus,  these  equations  can  be  used,  for  example,  to  deter- 
mine (1)  the  concentration  of  a  reactant  remaining  at  any  time  after  the  reaction 

has  started,  (2)  the  time  required  for  a  given  fraction  of  a  sample  to  react,  or  (3) 
the  time  required  for  a  reactant  concentration  to  fall  to  a  certain  level. 

HB  SAMPLE  EXERCISE  14.7  |  Using  the  Integrated  First-Order  Rate  Law 

The  decomposition  of  a  certain  insecticide  in  water  follows  first-order  kinetics  with  a  rate  constant  of  1.45  yr  at  12°C.  A 
quantity  of  this  insecticide  is  washed  into  a  lake  on  June  1,  leading  to  a  concentration  of  5.0  x  10  7  g/cm3.  Assume  that  the 
average  temperature  of  the  lake  is  12  C.  (a)  What  is  the  concentration  of  the  insecticide  on  June  1  of  the  following  year?  (b)  I  low 

long  will  it  take  for  the  concentration  of  the  insecticide  to  drop  to  3.0  X  10  '  g  cm ? 
Solution 

Analyze:  We  are  given  the  rate  constant  for  a  reaction  that  obeys  first-order  kinetics,  as  well  as  information  about  concentrations 
and  times,  and  asked  to  calculate  how  much  reactant  (insecticide)  remains  after  one  year.  We  must  also  determine  the  time  inter- 

val needed  to  reach  a  particular  insecticide  concentration:  Because  the  exercise  gives  time  in  (a)  and  asks  for  time  in  (b),  we  know 
that  the  integrated  rate  law,  Equation  14.13,  is  required. 

Plan:  (a)  We  are  given  k  =  1.45  yr1,  t  =  1.00  yr,  and  [insecticide],]  =  5.0  x  10    g/cm  ,  and  so  Equation  14.13  can  be  solved  for 
ln[insecticide],.  (b)  We  have  k 
can  sok  e  Equation  14.13  for  /. 1.45  yr"  ,  [insecticide]0  =  5.0  x  10  '  g/cm  ,  and  [insecticide],  =  3.0  x  10    g/cnr,  and  so  we 

Solve:  (a)  Substituting  the  known 
quantities  into  Equation  14.13,  we 
have 

We  use  the  In  function  on  a  calcula- 
tor to  evaluate  the  second  term  on 

the  l  ight,  giving 

To  obtain  [insecticide],  =  ]  xr,  we  use 
the  inverse  natural  logarithm,  or  c\ 
function  on  the  calculator: 

Note  that  the  concentration  units  for 

[A],  and  [A]()  must  be  the  same. 

(b)  Again  substituting  into  Equation 
14.13,  with  [insecticide],  =  3.0  X 
10  '  g/cm3,  gives 

Solving  for  /  gives 

ln[insecticide],  =  i  vr  =  -(1.45  yr"')(1.00  yr)  +  ln(5.0  x  10 

ln[insecticide],  =  ,  vr  =  -1.45  +  (-14.51)  =  -15.96 

[insecticide], =1  yr  =  <T1:v%  =  1.2  x  10  '  g/cm3 

ln(3.0  x  HT7)  =  -(1.45  yr_1)(f)  -  ln(5.0  x  10"7) 

t  =  -[ln(3.0  x  10"7)  -  ln(5.0  X  10  7)]/ 1.45  yr"1 

=  -(-15.02  +  14.51)  1.45  vr"1  =  0.35  vr 

Check:  In  part  (a)  the  concentration  remaining  after  1.00  yr  (that  is,  1.2  X  10~^  g/cnr1)  is  less  than  the  original  concentration 
(5.0  •  10'  g/cm3),  a^  it  should  be.  In  (b)  the  given  concentration  (3.0  x  10"'  g  cm3)  is  greater  than  that  remaining  after  1.00  yr,  indi- 

cating thai  the  time  must  be  less  than  a  year.  Thus,  f  =  0.35  yr  is  a  reasonable  answer. 

MM  PRACTICE  EXERCISE 

I  he  decomposition  of  dimethyl  ether,  (CEh)20,  at  510°C  is  a  first-order  process  with  a  rate  constant  of  6.8  x  10~4  s  : 
(CEh)20(g)   >  CH4(g)  +  H2(g)  +  CO(g) 

If  the  initial  pressure  of  (C  M        |s  1  35  torr,  what  is  its  partial  pressure  after  1420  s? 
Answer:  51  torr 
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589 liquation  14. 1  3  can  he  used  to  verify  whether  a  reaction  is  first  order  and  to 
determine  its  rate  constant.  I  his  equation  has  the  form  ot  the  general  equation 

for  a  straight  line,  y  -  mx  +  b,  in  which  ///  is  the  slope  and  />  is  the  [/-intercept  of 
the  line  (Appendix  A. 4): 

Iii[a],  -      k-t  I  ln[A]u 

llfX  4 b 

For  a  first-order  reaction,  therefore,  a  graph  of  ln[A](  versus  time  gives  a 
straight  line  with  a  slope  of  k  and  a  [/-intercept  of  ln|  A. |( , .  A  reaction  that  is  not 
first  order  will  not  yield  a  straight  line. 

As  an  example,  consider  the  conversion  of  methyl  isonitrile  (CH-NC)  to 

acetonitrile  (CH3CN)  (Figure  14.6  ►).  Because  experiments  show  that  the  reac- 
tion is  first  order,  we  can  write  the  rate  equation: 

ln[CFhNC], kt  I  ln[CFhNC|() 

Figure  14.7(a)  T  shows  how  the  partial  pressure  ot  methyl  isonitrile  varies  with 
time  as  it  rearranges  in  the  gas  phase  at  198.9  C.  We  can  use  pressure  as  a  unit 

of  concentration  for  a  gas  because  from  the  ideal-gas  law  the  pressure  is  direct- 
ly proportional  to  the  number  of  moles  per  unit  volume.  Figure  14.7(b)  show  s  a 

plot  of  the  natural  logarithm  of  the  pressure  versus  time,  a  plot  that  yields  a 

straight  line.  The  slope  of  this  line  is  5.1  •  10  "s  .  (You  should  verify  this  for 
yourself,  remembering  that  your  result  may  vary  slightly  from  ours  because  ot 
inaccuracies  associated  with  reading  the  graph.)  Because  the  slope  of  the  line 

equals  —k,  the  rate  constant  for  this  reaction  equals  5.1  •  10  1  s 

Q    GIVE  IT  SOME  THOUGHT 

What  do  the  /-intercepts  in  Figure  14.7(a)  and  (b)  represent? 

Methyl  isonitrile 

Acetonitrile 

▲  Figure  14.6   A  first-order  reaction. 
The  transformation  of  methyl  isonitrile  (CH5NC) 

to  acetonitrile  (CH;CN)  is  a  first-order  process. 
Methyl  isonitrile  and  acetonitrile  are  isomers, 
molecules  that  have  the  same  atoms  arranged 
differently.  This  reaction  is  called  an  isomenzation 
reaction 

Second-Order  Reactions 

A  second-order  reaction  is  one  whose  rate  depends  on  the  reactant  concentra- 
tion raised  to  the  second  power  or  on  the  concentrations  of  two  different  reac- 

tants,  each  raised  to  the  first  power.  For  simplicity,  let's  consider  reactions  of  the 

▲  Figure  14.7   Kinetic  data  for  conversion  of  methyl  isonitrile.  (a)  Variation  in  the  partial  pressure  of 

methyl  isonitrile  (CH5NC)  with  time  during  the  reaction  CH3NC   ►  CHjCN  at  198.9°C.  (b)  A  plot  of  the 
natural  logarithm  of  the  CH3NC  pressure  as  a  function  of  time.  The  fact  that  a  straight  line  fits  the  data  confirms 
that  the  rate  law  is  first  order. 



590       Chapter  14     |     Chemical  Kinetics 

type  A   >  products  or  A  +  B  *  products  that  are  second  order  in  just 
one  reactant,  A: 

At        1  1 

With  the  use  of  calculus,  this  differential  rate  law  can  he  used  to  derive  the  fol- 

lowing integrated  rate  law: 

This  equation,  like  Equation  14.13,  has  four  variables,  k,  t,  \ A]n,  and  [A],,  and  any 
one  of  these  can  he  calculated  knowing  the  other  three.  Equation  14.14  also  has 

the  form  of  a  straight  line  ( 1/  =  nix  +  />).  If  the  reaction  is  second  order,  a  plot  of 

1  /[A],  versus  t  will  yield  a  straight  line  with  a  slope  equal  to  k  and  a  [/-intercept 
equal  to  1  [A]...  One  way  to  distinguish  between  first-  and  second-order  rate 
laws  is  to  graph  both  ln[A],  and  1,  [A],  against  t.  If  the  ln[A|f  plot  is  linear,  the  re- 

action is  first  order;  if  the  1/[A],  plot  is  linear,  the  reaction  is  second  order. 

WM  SAMPLE  EXERCISE  14.8  |  Determining  Reaction  Order  from  the  Integrated 
Rate  Law 

The  following  data  were  obtained  for  the  gas-phase  decomposition  of  nitrogen  diox- 
ide at  300°C,  N02(x)   '  NO(y)  +  \  02(g): 

Time  (s) [N021  (M) 

0.0 

0.01000 

50.0 0.00787 
100.0 0.00649 
200.0 0.00481 

300.0 0.00380 

Is  the  reaction  first  or  second  order  in  N02? 

Solution 

Analyze:  We  are  given  the  concentrations  of  a  reactant  at  various  times  during  a  re- 
action and  asked  to  determine  whether  the  reaction  is  first  or  second  order. 

Plan:  We  can  plot  ln[N02]  and  1/[N02]  against  time.  One  or  the  other  will  be  linear, 
indicating  whether  the  reaction  is  first  or  second  order. 
Solve:  In  order  to  graph  ln[N02]  and  1/[N02]  against  time,  we  will  first  prepare  the 
following  table  from  the  data  given: 

Time  (s) 
[N02]  (M) 

ln[N02] 
1/[N02] 

0.0 0.01000 

-4.610 

100 

50.0 0.00787 
127 100.0 0.00649 

-5.038 

154 

200.0 0.00481 

-5.337 

208 
300.0 0.00380 

-5.573 

263 

As  Figure  14.8  ►  shows,  only  the  plot  of  1/[N02]  versus  time  is  linear.  Thus,  the  re- 
action obeys  a  second-order  rate  law:  Rate  =  A[N02]_.  From  the  slope  of  this  straight- 

line  graph,  we  determine  that  k  =  0.543  M_1  sH  for  the  disappearance  of  NO?. 

■i  PRACTICE  EXERCISE 

Consider  again  the  decomposition  of  N02  discussed  in  the  Sample  Exercise.  The  re- 
action is  second  order  in  N02  with  A-  =  0.543  A/T1  s_1.  If  the  initial  concentration  of 

N02  in  a  closed  vessel  is  0.0500  M,  what  is  the  remaining  concentration  after  0.500  h? 

Answer:  Using  Equation  14.14,  we  find  [N02]  =  1.00  X  10~3  M 
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<  Figure  14.8   Kinetic  data  for 
decomposition  of  N02.  The  reaction  is 

H02(g)   '  HO(g)  ■  \  0}(g),  and  the  data 
were  collected  at  300°C.  (a)  A  plot  of  ln[N02] 
versus  time  is  not  linear,  indicating  that  the 
reaction  is  not  first  order  in  N02.  (b)  A  plot  of 
1  [NOi]  versus  time  is  linear,  indicating  that  the 
reaction  is  second  order  in  NO?. 

0  100        2(H)        300  0  100        200  300 
I  ime  K)  I  ime  (s) 

(.i)  (b) 

Half-life 

The  half-life  of  a  reaction,  /|  2,  is  the  time  required  for  the  concentration  of  a  re- 
actant  to  reach  one-half  of  its  initial  value,  [  A  |,  =  ->  |  A  |n.  The  half-life  is  a  con- 

venient way  to  describe  how  fast  a  reaction  occurs,  especially  if  it  is  a  first-order 
process.  A  fast  reaction  will  have  a  short  half-lite. 

We  can  determine  the  half-life  of  a  first-order  reaction  by  substituting  [  A]^  , 
into  Equation  14.12: 

In 

ACTIVITY 
Rates  of  Reaction 

J[A]0 

fa]  2 

[A]fl 

In  2 

-kt]  2 

h/2  - 

In  2 

[14. 

J 
/ 

U 

0.693 

From  Equation  14.15,  we  see  that  /|  2  for  a  first-order  rate  law 
does  not  depend  on  the  starting  concentration.  Consequentlv,  the 

half-life  remains  constant  throughout  the  reaction.  It,  for  example, 
the  concentration  of  the  reactant  is  0.120  M  at  some  moment  in  the 

reaction,  it  will  be  | (0.120  M)  =  0.060  M  after  one  half-life.  After 
one  more  half-life  passes,  the  concentration  will  drop  to  0.030  M, 
and  so  on.  Equation  14. 15  also  indicates  that  we  can  calculate  /|  2 

for  a  first-order  reaction  if  k  is  known,  or  k  if  t]  2  is  known. 
The  change  in  concentration  over  time  for  the  first-order  re- 

arrangement of  methyl  isonitrile  at  1C'S.L)  C  is  graphed  in 
Figure  14.9  ►.  The  first  half-life  is  shown  at  13,600  s  (that  is,  3.78  h). 
At  a  time  13,600  s  later,  the  isonitrile  concentration  has  decreased  to 

one-half  of  one-half,  or  one-fourth  the  original  concentration.  ///  a 

first-order  reaction,  the  concentration  of  the  reactant  decreases  by  1  in  each 
of  a  series  of  regularly  spaced  time  intervals,  namely,  t\  2-  The  concept  of 

half-life  is  widely  used  in  describing  radioactive  decay  a  first-order 
process  that  we  will  discuss  in  detail  in  Section  21.4. 

Mi  SAMPLE  EXERCISE  14.9  |  Determining  the  Half-life  of  a  First-Order  Reaction 

The  reaction  of  C4H9CI  with  water  is  a  first-order  reaction.  Figure  14.4  show  s  how  the 
concentration  of  C4FT,CI  changes  with  time  at  a  particular  temperature,  (a)  From  that 
graph,  estimate  the  halt-lite  for  this  reaction,  (b)  Use  the  half-life  from  (a)  to  calculate 
the  rate  constant. 

Solution 

Analyze:  We  are  asked  to  estimate  the  half-life  of  a  reaction  from  a  graph  of  concentra- 
tion versus  time  and  then  to  use  the  half-life  to  calculate  the  rate  constant  tor  the  reaction. 

10,000  20,000 I  ime  (s) 10,000 

A  Figure  14.9   Half-life  of  a  first-order 
reaction.  Pressure  of  methyl  isonitrile  as  a 
function  of  time  showing  two  successive  half- 
lives  of  the  isomerization  reaction  depicted  in 

Figure  14  6. 
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Plan:  (a)  To  estimate  a  halt-life,  we  can  select  a  concentration  and  then  determine  the 
time  required  for  the  concentration  to  decrease  to  half  of  that  value,  (b)  Equation 
14.15  is  used  to  calculate  the  rate  constant  from  the  half-life. 
Solve:  (a)  From  the  graph,  we  see  that  the  initial  value  of  IC4H4CIJ  is  0.100  M.  The 
half-life  for  this  first-order  reaction  is  the  time  required  tor  [C4Hi,Cl]  to  decrease  to 
0.050  M,  which  we  can  read  off  the  graph.  This  point  occurs  at  approximately  340  s. 

(b)  Solving  Equation  14.15  for  k,  we  have 

0.693      0.693  ,  , 
k  =    =    =  2.0  X  10  V 

f ,  n       340  s 

Check:  At  the  end  of  the  second  half-life,  which  should  occur  at  680  s,  the  concentra- 
tion should  have  decreased  by  yet  another  factor  of  2,  to  0.025  M.  Inspection  of  the 

graph  shows  that  this  is  indeed  the  case. 

WW  PRACTICE  EXERCISE 

(a)  Using  Equation  14.15,  calculate  f]  2  f°r  the  decomposition  of  the  insecticide  de- 
scribed in  Sample  Exercise  14.7.  (b)  How  long  does  it  take  for  the  concentration  of  the 

insecticide  to  reach  one-quarter  of  the  initial  value? 
Attszrers:  (a)  0.478  yr  =  1.51  X  107  s;  (b)  it  takes  two  half-lives,  2(0.478  yr)  =  0.956  yr 

CHEMISTRY  AT  WORK  |  Methyl  Bromide  in  the  Atmosphere 

Several  small  molecules  containing  carbon-chlorine  or 
carbon-bromine  bonds,  when  present  in  the  stratosphere,  are 

capable  of  reacting  with  ozone  (O3)  and  thus  contributing  to  the 

destruction  of  Earth's  ozone  layer.  Whether  a  halogen-containing 
molecule  contributes  significantly  to  destruction  ot  the  ozone 

layer  depends  in  part  on  the  molecule's  average  lifetime  in  the  at- 
mosphere. It  takes  quite  a  long  time  for  molecules  formed  at 

Earth's  surface  to  diffuse  through  the  lower  atmosphere  (called 
the  troposphere)  and  move  into  the  stratosphere,  where  the 
ozone  layer  is  located  (Figure  14.10  ►).  Decomposition  in  the 
lower  atmosphere  competes  with  diffusion  into  the  stratosphere. 

The  much-discussed  chlorofluorocarbons,  or  CTCs,  con- 
tribute to  the  destruction  of  the  ozone  layer  because  they  have 

long  lifetimes  in  the  troposphere.  Thus,  they  persist  long 
enough  for  a  substantial  fraction  of  the  molecules  to  find  their 
way  to  the  stratosphere. 

Another  simple  molecule  that  has  the  potential  to  destroy 
the  stratospheric  ozone  layer  is  methyl  bromide  (CFhBr).  This 

substance  has  a  wide  range  of  uses,  including  antifungal  treat- 
ment of  plant  seeds,  and  has  therefore  been  produced  in  large 

quantities  (about  150  million  pounds  per  year).  In  the  strato- 
sphere, the  C  —  Br  bond  is  broken  through  absorption  of 

short-wavelength  radiation.  The  resultant  Br  atoms  then  cat- 
alyze decomposition  of  O3. 

Methyl  bromide  is  removed  from  the  lower  atmosphere 
bv  a  variety  of  mechanisms,  including  a  slow  reaction  with 
ocean  water: 

CH,Br(,'s')  t  H20(/) ChhOH(,/,/)  +  HBr(rt</)  [14.16] 

lo  determine  the  potential  importance  of  CH43r  in  destruction 

ol  the  ozoin  layer,  it  is  important  to  know  how  rapidly  Equa- 
tion 14.16  and  ill  other  mechanisms  together  remove  CFhBr 

from  the  atmosphere  before  it  can  diffuse  into  the  stratosphere. 
Scientists  have  carried  out  research  to  estimate  the  aver- 

age lifetime  of  CI  I  Hi  in  Earth's  atmosphere.  Such  an  estimate 
is  difficult  to  make  li  cannot  be  done  in  laboratory-based 

Stratosphere 

Troposphere 

Diffusion  toward 
stratosphere 

A  Figure  14.10  Distribution  and  fate  of  methyl  bromide  in  the 
atmosphere.  Some  CH3Br  is  removed  from  the  atmosphere  by  decomposition, 
and  some  diffuses  upward  into  the  stratosphere,  where  it  contributes  to  destruction 
of  the  ozone  layer.  Ihe  relative  rates  of  decomposition  and  diffusion  determine 
how  extensively  methyl  bromide  is  involved  in  destruction  of  the  ozone  layer. 

experiments  because  the  conditions  that  exist  in  the  atmos- 
phere above  the  planet  are  too  complex  to  be  simulated  in  the 

laboratory.  Instead,  scientists  gathered  nearly  4000  samples  of 
the  atmosphere  during  aircraft  flights  all  over  the  Pacific 

Ocean  and  analyzed  them  for  the  presence  of  several  trace  or- 
ganic substances,  including  methyl  bromide.  From  a  detailed 

analysis  of  the  concentrations,  it  was  possible  to  estimate  that 
the  atmospheric  residence  time  for  CH^Br  is  0.8  ±  0.1  yr. 

Ihe  atmospheric  residence  time  equals  the  half-life  for 
CI  I  (Br  m  the  lower  atmosphere,  assuming  that  it  decomposes 

by  a  first-order  process.  That  is,  a  collection  of  CH^Br  molecules 
present  at  any  given  time  will,  on  average,  be  50%  decomposed 
after  0.8  years,  75%  decomposed  after  1.6  years,  and  so  on.  A 
residence  time  of  0.8  years,  while  comparatively  short,  is  still 
sufficiently  long  so  that  CH^Br  contributes  significantly  to  the 

destruction  of  the  ozone  layer.  In  1997  an  international  agree- 
ment was  reached  to  phase  out  use  of  methyl  bromide  in  devel- 
oped countries  by  2005.  However,  in  recent  years  exemptions 

for  critical  agricultural  use  have  been  requested  and  granted. 
Related  Exercise:  14.105 
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In  contrast  to  the  behavior  oi  first-order  reactions,  the  half-life  for  second- 
order  and  other  reactions  depends  on  reactant  concentrations  and  therefore 

changes  as  the  reaction  progresses.  Using  Equation  14  14,  we  find  that  the  half-life 
of  a  second-order  reaction  is 

] 
/,  ■>  I  I4d7| 

k[A\a 

In  this  case  the  half-life  depends  on  the'  initial  concentration  ot  reactant — the 
lower  the  initial  concentration,  the  greater  the  half-life. 

Q    GIVE  IT  SOME  THOUGHT 

How  does  the  half  life  of  a  second-order  reaction  change  as  the  reaction  proceeds? 

14.5  I  Temperature  and  Rate 

The  rates  of  most  chemical  reactions  increase  as  the  temperature  rises.  For  ex- 
ample, dough  rises  faster  at  room  temperature  than  when  refrigerated,  and 

plants  grow  more  rapidly  in  warm  weather  than  in  cold.  We  can  literally  see  the 
effect  of  temperature  on  reaction  rate  by  observ  ing  a  chemiluminescent  reaction 

(one  that  produces  light).  I  he  i  haracteristk  glow  ot  fireflies  is  a  familiar  exam- 
ple of  chemiluminescence.  Another  is  the  light  produced  bv  Cyalume  light 

sticks,  which  contain  chemicals  that  produce  chemiluminescence  when  mixed. 
As  seen  in  Figure  14.11  T,  these  light  sticks  produce  a  brighter  light  at  higher 

temperature.  I  he  amount  of  light  produced  is  greater  because  the  rate  of  the  re- 
action is  faster  at  the  higher  temperature.  Although  the  light  stick  glows  more 

brightly  initially,  its  luminescence  also  die's  out  more  rapidly. 
How  is  this  experimentally  observ  ed  temperature  effect  reflected  in  the  rate 

expression?  The  faster  rate  at  higher  temperature  is  due  to  an  increase  in  the 

rate  constant  with  increasing  temperature.  For  example,  let's  reconsider  the 
first-order  reaction  CH3NC  —  CM  >CN  (Figure  14.6).  Figure  14.12  T  shows 
the  rate  constant  for  this  reaction  as  a  function  ot  temperature.  The  rate  con- 

stant, and  hence  the  rate  of  the  reaction,  increases  rapidly  with  temperature,  ap- 
proximately doubling  for  each  II)  C  rise. 

3  ■  K) 

I  ligher  temperature I  ower  temperature 

▲  Figure  14.11    Temperature  affects  the  rate  of  the 
chemiluminescence  reaction  in  Cyalume   light  sticks.  The  light 
stick  in  hot  water  (left)  glows  more  brightly  than  the  one  in  cold 
water  (right);  at  the  higher  temperature,  the  reaction  is  initially  faster 
and  produces  a  brighter  light. 

ISO   190  21)0  210  220  230  240  250 

I  emperaturc  (  C  ) 

▲  Figure  14.12   Dependence  of  rate  constant  on 
temperature.  The  data  show  the  variation  in  the  first-order  rate 
constant  for  the  rearrangement  of  methyl  isonitrile  as  a  function  of 
temperature  The  four  points  indicated  are  used  in  connection  with 
Sample  Exercise  14.11. 
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ACTIVITY 
Arrhenius  Model 

The  Collision  Model 

We  have  seen  that  reaction  rates  are  affected  both  by  the  concentrations  of  reac- 
tants  and  by  temperature.  The  collision  model,  which  is  based  on  the  kinetic- 
molecular  theory  (Section  10.7),  accounts  for  both  of  these  effects  at  the  molecular 
level.  The  central  idea  of  the  collision  model  is  that  molecules  must  collide  to 

react.  The  greater  the  number  of  collisions  occurring  per  second,  the  greater  the 
reaction  rate.  As  the  concentration  of  reactant  molecules  increases,  therefore, 

the  number  of  collisions  increases,  leading  to  an  increase  in  reaction  rate.  Ac- 

cording to  the  kinetic-molecular  theory  of  gases,  increasing  the  temperature  in- 
creases molecular  speeds.  As  molecules  move  faster,  they  collide  more 

forcefully  (with  more  energy)  and  more  frequently,  increasing  reaction  rates. 
For  reaction  to  occur,  though,  more  is  required  than  simply  a  collision.  For 

most  reactions,  only  a  tiny  fraction  of  the  collisions  leads  to  reaction.  For  exam- 
ple, in  a  mixture  of  H2  and  It  at  ordinary  temperatures  and  pressures,  each 

molecule  undergoes  about  101(l  collisions  per  second.  If  every  collision  between 
Ho  and  I2  resulted  in  the  formation  of  HI,  the  reaction  would  be  over  in  much 

less  than  a  second.  Instead,  at  room  temperature  the  reaction  proceeds  very 

slowly.  Only  about  one  in  every  1013  collisions  produces  a  reaction.  What  keeps 
the  reaction  from  occurring  more  rapidly? 

Q    GIVE  IT  SOME  THOUGHT 

What  is  the  central  idea  of  the  collision  model? 

▼  Figure  14.13   Molecular  collisions  and 
chemical  reactions.  Two  possible  ways  that  CI 
atoms  and  NOCI  molecules  can  collide  are 
shown,  (a)  If  molecules  are  oriented  properly,  a 
sufficiently  energetic  collision  will  lead  to 
reaction,  (b)  If  the  orientation  of  the  colliding 
molecules  is  wrong,  no  reaction  occurs. 

The  Orientation  Factor 

In  most  reactions,  molecules  must  be  oriented  in  a  certain  way  during  collisions 
in  order  for  a  reaction  to  occur.  The  relative  orientations  of  the  molecules  dur- 

ing their  collisions  determine  whether  the  atoms  are  suitably  positioned  to 
form  new  bonds.  For  example,  consider  the  reaction  of  CI  atoms  with  NOCI: 

CI  +  NOCI   >  NO  +  Cl2 

The  reaction  will  take  place  if  the  collision  brings  CI  atoms  together  to  form  Cl2, 
as  shown  in  Figure  14.13(a)  ▼.  In  contrast,  the  collision  shown  in  Figure 
14.13(b)  will  be  ineffective  and  will  not  yield  products.  Indeed,  a  great  many 
collisions  do  not  lead  to  reaction,  merely  because  the  molecules  are  not  suitably 
oriented.  There  is,  however,  another  factor  that  is  usually  even  more  important 
in  determining  whether  particular  collisions  result  in  reaction. 

Before  collision Collision 

(d )  Effective  collision 

Before  collision Collision 

After  collision 

After  collision 

(h)  Ineffective  collision 
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Activation  Energy 

In  1888  the  Swedish  chemist  Svante  Arrhenius  suggested 
that  molecules  must  possess  a  certain  minimum  amount  of 
energy  in  order  to  react.  According  to  the  collision  model, 
this  energy  comes  from  the  kinetic  energies  of  the  colliding 

molecules.  Upon  collision,  the  kinetic  energy  of  the  mole- 
cules can  he  used  to  stretch,  bend,  and  ultimately  break   ^   — - 

bonds,  leading  to  chemical  reactions.  That  is,  the  kinetic 

energy  is  used  to  change  the  potential  energy  of  the  mole- 
cule. If  molecules  are  moving  too  slowly,  with  too  little  kinet- 

ic energy,  they  merely  bounce  off  one  another  without  changing.  In  order  to 
react,  colliding  molecules  must  have  a  total  kinetic  energy  equal  to  or  greater 

than  some  minimum  value.  The  minimum  energy  required  to  initiate  a  chem- 
ical reaction  is  called  the  activation  energy,  Ea.  The  value  of  Ea  varies  from  re- 

action to  reaction. 

The  situation  during  reactions  is  rather  like  that  shown  in  Figure  14.14  A. 

The  player  on  the  putting  green  needs  to  move  her  ball  over  the  hill  to  the  vicini- 
ty of  the  cup.  To  do  this,  she  must  impart  enough  kinetic  energy  with  the  putter 

to  move  the  ball  to  the  top  of  the  hill.  If  she  doesn't  impart  enough  energy,  the  ball 
will  roll  partway  up  the  hill  and  then  back  down.  In  the  same  way,  molecules 

may  require  a  certain  minimum  energy  to  break  existing  bonds  during  a  chemi- 
cal reaction.  In  the  rearrangement  of  methyl  isonitrile  to  acetonitrile,  for  example, 

we  might  imagine  the  reaction  passing  through  an  intermediate  state  in  which 

the  N  =  C  portion  of  the  molecule  is  sitting  sideways: 

H3C 

H,C- 

bUC- 

▲  Figure  14.14   An  energy  barrier.  To 
move  the  golf  ball  to  the  vicinity  of  the  cup,  the 
player  must  impart  enough  kinetic  energy  to  the 
ball  to  enable  it  to  surmount  the  barrier 

represented  by  the  hill.  This  situation  is 
analogous  to  a  chemical  reaction,  in  which 
molecules  must  gain  enough  energy  through 
collisions  to  enable  them  to  overcome  the  barrier 
to  chemical  reaction. 

The  change  in  the  potential  energy  of  the  molecule  during  the  reaction  is 
shown  in  Figure  14.15  ▼.  The  diagram  shows  that  energy  must  be  supplied  to 

stretch  the  bond  between  the  FhC  group  and  the  N  =  C  group  so  as  to  allow 

<  Figure  14.15   Energy  profile  for  methyl 
isonitrile  isomerization.  The  methyl  isonitrile 
molecule  must  surmount  the  activation-energy 
barrier  before  it  can  form  the  product, 
acetonitrile  The  horizontal  axis  is  variously 

labeled  "reaction  pathway,"  as  here,  or  "progress 

of  reaction." 
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Lower  temperature 

/  /T\Higlu
>r 

emperature 

Minimum  energy 

needed  for  reaction,  £„ 

Kinetic  energy 

▲  Figure  14.16  The  effect  of  temperature 
on  the  distribution  of  kinetic  energies.  At  the 
higher  temperature,  a  larger  number  of 
molecules  have  higher  kinetic  energies.  Thus,  a 
larger  fraction  at  any  one  instant  will  have  more 
than  the  minimum  energy  required  for  reaction. 

the  N=C  group  to  rotate.  After  the  N  =  C  group  has  twisted 

sufficiently,  the  C  —  C  bond  begins  to  form  and  the  energy  of  the 
molecule  drops.  Thus,  the  barrier  represents  the  energy  neces- 

sary to  force  the  molecule  through  the  relatively  unstable  inter- 
mediate state  to  the  final  product.  The  energy  difference 

between  that  of  the  starting  molecule  and  the  highest  energy 

along  the  reaction  pathway  is  the  activ  ation  energy,  £„.  The  par- 
ticular arrangement  of  atoms  at  the  top  of  the  barrier  is  called  the 

activated  complex,  or  transition  state. 

The  conversion  of  H^C —  N  =  C  to  H3C  —  C  =  N  is  exother- 
mic. Figure  14.15  therefore  shows  the  product  as  having  a  lower 

energy  than  the  reactant.  The  energy  change  for  the  reaction,  AE, 
has  no  effect  on  the  rate  of  the  reaction.  The  rate  depends  on  the  magnitude  of  £„; 
generally,  the  lower  E„  is,  the  faster  the  reaction.  Notice  that  the  reverse  reaction  is 
endothermic.  The  activation  barrier  for  the  reverse  reaction  is  equal  to  the  sum  of 
AE  and  E„  for  the  forward  reaction. 

How  does  any  particular  methyl  isonitrile  molecule  acquire  sufficient  energy 

to  overcome  the  activation  barrier?  It  does  so  through  collisions  with  other  mole- 
cules. Recall  from  the  kinetic-molecular  theory  of  gases  that,  at  any  given  instant, 

gas  molecules  are  distributed  in  energy  over  a  wide  range. 

Figure  14.16  ▲  shows  the  distribution  of  kinetic  energies  for  two  different  tem- 
peratures, comparing  them  with  the  minimum  energy  needed  for  reaction,  £,,.  At 

the  higher  temperature  a  much  greater  fraction  of  the  molecules  has  kinetic  ener- 
gy greater  than  £„,  which  leads  to  a  much  greater  rate  of  reaction. 
The  fraction  of  molecules  that  has  an  energy  equal  to  or  greater  than  £(i  is 

given  by  the  expression 

f [14.18] 

In  this  equation  R  is  the  gas  constant  (8.314  J/mol-K)  and  T  is  absolute  tem- 

perature. To  get  an  idea  of  the  magnitude  of  f,  let's  suppose  that  £„  is 
lOOkT/mol,  a  value  typical  of  many  reactions,  and  that  T  is  300  K,  around 

room  temperature.  The  calculated  value  of  f  is  3.8  x  10~1S,  an  extremely 
small  number!  At  310  K  the  fraction  is  /  =  1.4  x  10"17  Thus,  a  10-degree  in- 

crease in  temperature  produces  a  3.7-fold  increase  in  the  fraction  of  mole- 
cules possessing  at  least  100  kj/mol  of  energy. 

9 GIVE  IT  SOME  THOUGHT 

Why  isn't  collision  frequency  the  only  factor  affecting  a  reaction  rate? 

The  Arrhenius  Equation 

Arrhenius  noted  that  for  most  reactions  the  increase  in  rate  with  increasing  tem- 

perature is  nonlinear,  as  shown  in  Figure  14.12.  He  found  that  most  reaction-rate 
data  obeyed  an  equation  based  on  three  factors:  (a)  the  fraction  of  molecules  pos- 

sessing an  energy  of  £„  or  greater,  (b)  the  number  of  collisions  occurring  per  sec- 
ond, and  (c)  the  fraction  of  collisions  that  have  the  appropriate  orientation.  These 

three  factors  are  incorporated  into  the  Arrhenius  equation: 

k  =  Ae'EJRT  [14.19] 

In  this  equation  k  is  the  rate  constant,  £„  is  the  activation  energy,  R  is  the  gas 

constant  (8.314  J/mol-K),  and  T  is  the  absolute  temperature.  The  frequency 
factor,  A,  is  constant,  or  nearly  so,  as  temperature  is  varied.  It  is  related  to  the 

frequency  of  collisions  and  the  probability  that  the  collisions  are  favorably 
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oriented  for  reaction.*  As  the  magnitude  of  £,,  increases,  k  decreases  because  the 
fraction  of  molecules  that  possess  the  required  energy  is  smaller.  Thus,  reaction 
rates  decrease  as  E„  increases. 

M  SAMPLE  EXERCISE  14.10  |  Relating  Energy  Profiles  to  Activation  Energies  and  Speeds  of  Reaction 

Consider  a  series  of  reactions  having  the  following  energy  profiles: 

10  kj/mol 
T 

Assuming  that  all  three  reactions  have  nearly  the  same  frequency  factors,  rank  the  re- 
actions from  slowest  to  fastest. 

Solution  The  lower  the  activation  energy,  the  taster  the  reaction.  The  value  ot  A/ 
does  not  affect  the  rate.  Hence  the  order  is  (2)  <  (3)  <  (1). 

HE  PRACTICE  EXERCISE 

Imagine  that  these  reactions  are  reversed.  Rank  these  reverse  reactions  from  slowest 
to  fastest. 

Answer.  (2)  -    (1)  -    (3)  because  E„  values  are  41),  25,  and  15  kj  mol,  respectively 

Determining  the  Activation  Energy 

Taking  the  natural  log  of  both  sides  of  Equation  14. 19,  we  have 

£„ 

In  k 
RT 

In  A 
14. 

Equation  14.20  has  the  form  of  a  straight  line;  it  predicts  that  a  graph  of  In  k  ver- 

sus 1/T  will  be  a  line  with  a  slope  equal  to  ~En/R  and  a  [/-intercept  equal  to  In  A. 
Thus,  the  activation  energy  can  be  determined  by  measuring  k  at  a  series  of 
temperatures,  graphing  In  k  versus  1/T,  and  then  calculating  £„  from  the  slope 
of  the  resultant  line. 

We  can  also  use  Equation  14.20  to  evaluate  £„  in  a  nongraphical  way  if  we 
know  the  rate  constant  of  a  reaction  at  two  or  more  temperatures.  For  example, 

suppose  that  at  two  different  temperatures,  T\  and  Tt,  a  reaction  has  rate  con- 
stants k]  and  l<2  -  For  each  condition,  we  have 

lnJt,  =   +  In  A 

Subtracting  In  k2  from  In  k\  gives 

A 

RT] 

ACTIVITY 
Rates  of  Reaction 

and In  k 

■   In  A 

In  /\i  -  In  k-y A 

oT  +  In  A 
RT, 

*  Because  the  frequency  of  collisions  increases  with  temperature,  A  also  has  sunn-  temperature  de- 
pendence, but  it  is  small  compared  to  the  exponential  term.  Therefore,  A  is  considered  approxi- 

mately constant 
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Simplifying  this  equation  and  rearranging  it  gives 

Equation  14.21  provides  a  convenient  way  to  calculate  the  rate  constant,  k] ,  at 

some  temperature,  T\ ,  when  we  know  the  activation  energy  and  the  rate  con- 
stant, k2,  at  some  other  temperature,  T2. 

■  SAMPLE  EXERCISE  14.1 1  |  Determining  the  Energy  of  Activation 

The  following  table  shows  the  rate  constants  for  the  rearrangement  of  methyl  isonitrile  at  various  temperatures  (these  are  the  data 
in  Figure  14.12): 

Temperature  (°C) 

k(s  l) 
189.7 

2.52  x 

10"s
 

L98.9 
5.25  x 

10  5 

230.3 
6.30  x 

10  4 

251.2 
3.16  x 

1(T3 

(a)  From  these  data,  calculate  the  activation  energy  for  the  reaction,  (b)  What  is  the  value  of  the  rate  constant  at  430.0  K? 

Solution 
Analyze:  We  are  given  rate  constants,  k,  measured  at  several  temperatures  and  asked  to  determine  the  activation  energy,  £„,  and 
the  rate  constant,  k,  at  a  particular  temperature. 
Plan:  We  can  obtain  £,,  from  the  slope  of  a  graph  of  In  k  versus  l/T.  Once  we  know  £„,  we  can  use  Equation  14.21  together  with 
the  given  rate  data  to  calculate  the  rate  constant  at  430.0  K. 

Solve:  (a)  We  must  first  convert  the 
temperatures  from  degrees  Celsius 
to  kelvins.  We  then  take  the  inverse 
of  each  temperature,  l/T,  and  the 
natural  log  of  each  rate  constant,  In 
k.  This  gives  us  the  table  shown  at 
the  right: 

Ilk) 

1/T(K  ') 

In  k 

462.9 

2.160  x  10"3 

-10.589 

472.1 

2.118  ■  ur3 

-9.855 

503.5 

1.986  x  10"? 

-7.370 

524.4 

1.907  x  10~ 3 

-5.757 

A  graph  of  In  k  versus  l/T  results  in 
a  straight  line,  as  shown  in 
Figure  14.17  ►. 

I  he  slope  ot  the  line  is  obtained  by 
choosing  two  well-separated  points, 
as  shown,  and  using  the  coordinates 
ot  each: 

0.0019 

Slope 

0.0020  0.0021 

l/T 

0.0022 

Ay 

Ay 

6.6 

■10.4) 

0.00195  -  0.00215 ■1.9  x  104 

■4  Figure  14.17  Graphical 
determination  of  activation 

energy.  The  natural  logarithm 
of  the  rate  constant  for  the 
rearrangement  of  methyl 
isonitrile  is  plotted  as  a 
function  of  1  T.  The  linear 
relationship  is  predicted  by  the 
Arrhenius  equation  giving  a 

slope  equal  to  -E„/R. 

Because  logarithms  have  no  units, 
the  numerator  in  this  equation  is  di- 
mensionless.  The  denominator  has 

the  units  of  l/T,  namely,  K  '.  Thus, 
the  overall  units  for  the  slope  are  K. 
The  slope  equals  Ea/R.  We  use  the 
v  alue  for  the  molar  ̂ as  constant  R  in 
units  of  J/mol-K  (Table  10.2).  We 
thus  obtain 

Slope 

En 

R 

(slope)l  R  , (-1.9  x  104  K)  8.314 
—  V^L\ mol-K/V  10001/ 

1.6  X  102kJ/mol  =  160k|/mol 
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We  report  the  activ  ation  energy  to  only  two  significant  figures  because  we  are  limited  by  the  precision  with  which  we  can  read  the 
graph  in  Figure  14.17. 

(b)  To  determine  the  rate  constant,  k} , 
at  Ti  =  430.0  K,  we  can  use  Filiation 
14.21  with  Ea  =  I60kj/mol,  and  one 
of  the  rate  constants  and  tempera-  ,  x  j 

cures  from  the  given  data,  such  as  J       _A_       \  =  (   160kJ/mol  V      1  ^    \(  WOO])  __  ̂  
k2  =  2.52  x  10  5s  1  and  T2  =  462.9  K:  \  2.32  <  10  %  1  /     V  8.314  J  mol-K  M  462.9  K     430.0  K/\   1  kj 

Thus,  k] 

232  ■  I0~5s"' 
4.15  x  10  - 

A ,  =  (4.15  <  10  2)(2.52  •  10  ~*s  ')  =  1.0  ■   10  %  1 

Note  that  the  units  of  k\  are  the  same  as  those  of  k- 

PRACTICE  EXERCISE 

Using  the  data  in  Sample  Exercise  14.1 1,  calculate  the  rate  constant  for  the  rearrangement  ot  methyl  isonitrile  at  2<S0  C. 
Answer:  2.2  -  10  2  s  1 

14.6  I  Reaction  Mechanisms 

A  balanced  equation  for  a  chemical  reac  tion  indicates  the  substances  present  at 

i  the  start  of  the  reaction  and  those  produced  as  the  reaction  proceeds.  It  pro- 
vides no  information,  however,  about  how  the  reaction  occurs.  I  he  process  by 

which  a  reaction  occurs  is  called  the  reaction  mechanism.  At  the  most  sophisti- 
cated level,  a  reaction  mechanism  will  describe  in  great  detail  the  order  in 

which  bonds  are  broken  and  formed  and  the  changes  in  relative  positions  of  the 

atoms  in  the  course  of  the  reaction.  We  will  begin  with  more  rudimentary  de- 
scriptions of  how  reactions  occur,  considering  further  the  nature  of  the  colli- 

sions leading  to  reaction. 

Elementary  Reactions 

We  have  seen  that  reactions  take  place  as  a  result  of  collisions  between  reacting 
molecules.  For  example,  the  collisions  between  molecules  of  methyl  isonitrile 

(CFhNC)  can  provide  the  energy  to  allow  the  CH^NC  to  rearrange: 

H3C- 

FhG 

FhC- 
Similarlv,  the  reaction  of  NO  and  O3  to  form  NO2  and  02  appears  to  occur  as  a 
result  of  a  single  collision  involving  suitably  oriented  and  sufficiently  energetic 
NO  and  03  molecules: 

NO(#)  +  03(g)   ►  NQ2(x)  +  02(g)  [I4.22| 

Both  of  these  processes  occur  in  a  single  event  or  step  and  are  called  elementary 

reactions  (or  elementary  processes). 

The  number  of  molecules  that  participate  as  reactants  in  an  elementary  re- 
action defines  the  molecularity  of  the  reaction.  If  a  single  molecule  is  in- 

volved,  the  reaction  is  unimolecular.  The  rearrangement  of  methyl  isonitrile 

is  a  unimolecular  process.  Elementary  reactions  involving  the  collision  of  two 



reactant  molecules  arc  bimolecular.  The  reaction  between  NO  and  03  (Equa- 
tion 14.22)  is  bimolecular.  Elementary  reactions  involving  the  simultaneous 

collision  of  three  molecules  are  termolecular.  Termolecular  reactions  are  far 

less  probable  than  unimolecular  or  bimolecular  processes  and  are  rarely  en- 
countered. The  chance  that  four  or  more  molecules  will  collide  simultaneous- 

ly with  any  regularity  is  even  more  remote;  consequently,  such  collisions  are 
never  proposed  as  part  of  a  reaction  mechanism. 

Q    GIVE  IT  SOME  THOUGHT 

What  is  the  molecularity  of  this  elementary  reaction? 

NO(g)  +  C\2(g)   »  NOCl(g)  •  0(g) 

Multistep  Mechanisms 

The  net  change  represented  by  a  balanced  chemical  equation  often  occurs  by  a 
multistep  mechanism,  which  consists  of  a  sequence  of  elementary  reactions.  For 
example,  consider  the  reaction  of  NOi  and  CO: 

N02(x)  +  CO(g)   ►  NO(g)  +  COz(g)  114.23] 

Below  225  C,  this  reaction  appears  to  proceed  in  two  elementary  reactions  (or 
two  elementary  steps),  each  of  which  is  bimolecular.  First,  two  NO2  molecules 
collide,  and  an  oxygen  atom  is  transferred  from  one  to  the  other.  The  resultant 
NO3  then  collides  with  a  CO  molecule  and  transfers  an  oxygen  atom  to  it: 

N02(g)  +  NO:(x)   *  N03(g)  +  NO{g) 

N03(g)  +  CO(g)   *  N02(g)  +  C02(g) 

Thus,  we  say  that  the  reaction  occurs  by  a  two-step  mechanism. 
The  chemical  equations  for  the  elementary  reactions  in  a  multistep  mechanism 

must  always  add  to  give  the  chemical  equation  of  the  overall  process.  In  the  present  ex- 
ample the  sum  of  the  two  elementary  reactions  is 

2  N02(g)  +  N03(g)  +  CO(g)  -  — »  N02(g)  +  N03(g)  +  NO(g)  +  C02(g) 

Simplifying  this  equation  by  eliminating  substances  that  appear  on  both  sides  of 
the  arrow  gives  Equation  14.23,  the  net  equation  for  the  process.  Because  NO3  is 

neither  a  reactant  nor  a  product  in  the  overall  reaction — it  is  formed  in  one  ele- 
mentary reaction  and  consumed  in  the  next — it  is  called  an  intermediate.  Multi- 

step  mechanisms  involve  one  or  more  intermediates. 

■Hi  SAMPLE  EXERCISE  14.12  |  Determining  Molecularity  and  Identifying 
Intermediates 

It  has  been  proposed  that  the  conversion  of  ozone  into  02  proceeds  by  a  two-step 
mechanism: 

03(g)   >  02(g)  +  0(g) 

03(g)  +  0(g)   ►  2  02(g) 

(a)  Describe  the  molecularity  of  each  elementary  reaction  in  this  mechanism. 
(b)  Write  the  equation  for  the  overall  reaction,  (c)  Identify  the  intermediate(s). 

Solution 

Analyze:  We  are  given  a  two-step  mechanism  and  asked  for  (a)  the  molecularities  of 
each  of  the  two  elementary  reactions,  (b)  the  equation  for  the  overall  process,  and 
(c)  the  intermediate. 
Plan:  The  molecularity  of  each  elementary  reaction  depends  on  the  number  of  reac- 

tant molecules  in  the  equation  for  that  reaction.  The  overall  equation  is  the  sum  of  the 
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equations  for  the  elementary  reactions.  The  intermediate  is  a  substance  formed  in  one 
step  of  the  mechanism  and  used  in  another  and  therefore  not  part  of  the  equation  for 
the  overall  reaction. 

Solve:  (a)  The  first  elementary  reaction  involves  a  single  reactant  and  is  consequently  uni- 
molecular.  I  he  second  reaction,  which  involves  tw  o  reactant  molecules,  is  bimolecular. 

(b)  Adding  the  two  elementary  reactions  gives 

2  03(£)  -4  0(g)   >  3  02Q?)  +  0(g) 

Because  0(g)  appears  in  equal  amounts  on  both  sides  oi  the  equation,  it  can  be  elimi- 
nated to  give  the  net  equation  tor  the  chemical  process: 

2  03(#)   •  3  02(g) 

(c)  The  intermediate  is  0(g).  It  is  neither  an  original  reactant  nor  a  final  product, 
but  is  formed  in  the  first  step  of  the  mechanism  and  consumed  in  the  second. 

iH  PRACTICE  EXERCISE 

For  the  reaction 

Mo(CO)6  -  P(CH3)3   >  Mo(CO)5P(CH3)3  +  CO 

the  proposed  mechanism  is 

Mo(CO),,   •  Mo(COh  +  CO 

Mo(CO)5  +  P(CH3)3   ►  Mo(CO)sP(CH3)3 

(a)  Is  the  proposed  mechanism  consistent  with  the  equation  tor  the  overall  reac- 
tion? (b)  What  is  the  molecularity  til  each  step  of  the  mechanism1  (c)  Identify  the 

intermediate(s). 
Ausivcrs:  (a)  Yes,  the  two  equations  add  to  yield  the  equation  for  the  reaction. 
(b)  The  first  elementary  reaction  is  unimolecular,  and  the  second  one  is  bimolecular. 
(c)  Mo(CO)5 

Rate  Laws  for  Elementary  Reactions 

In  Section  14.3  we  stressed  that  rate  laws  most  be  determined  experimentally; 
they  cannot  be  predicted  from  the  coefficients  of  balanced  chemical  equations. 

We  are  now  in  a  position  to  understand  why  this  is  so:  Every  reaction  is  made 
up  of  a  series  of  one  or  more  elementary  steps,  and  the  rate  laws  and  relative 
speeds  of  these  steps  will  dictate  the  overall  rate  law.  Indeed,  the  rate  law  tor  a 

reaction  can  be  determined  from  its  mechanism,  as  we  will  see  shortly.  Thus, 
our  next  challenge  in  kinetics  is  to  arrive  at  reaction  mechanisms  that  lead  to 
rate  laws  that  are  consistent  with  those  observed  experimentally.  We  w  ill  start 
by  examining  the  rate  laws  of  elementary  reactions. 

Elementary  reactions  are  significant  in  a  very  important  way:  //  we  know 
that  a  reaction  is  an  elementary  reaction,  then  we  know  its  rate  law.  The  rate  law  of 

any  elementary  reaction  is  based  directly  on  its  molecularity.  For  example,  con- 
sider the  general  unimolecular  process. 

A  -  — >  products 

As  the  number  of  A  molecules  increases,  the  number  that  decompose  in  a  given 
interval  of  time  will  increase  proportionally.  Thus,  the  rate  of  a  unimolecular 
process  will  be  first  order: 

Rate  =  /c[A] 

In  the  case  of  bimolecular  elementary  steps,  the  rate  law  is  second  order,  as 
in  the  following  example: 

A  +  B  ►  products       Rate  =  fc[A][B] 

The  second-order  rate  law  follows  directly  from  the  collision  theory.  If  we  dou- 
ble the  concentration  of  A,  the  number  of  collisions  between  molecules  of  A  and 

B  will  double;  likewise,  if  we  double  [B],  the  number  of  collisions  will  double. 
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TABLE  14.3   Elementary  Reactions  and  Their  Rate  Laws 

MolecuhniU 

L/m'molecular 
B/molecular 
B/molecular 
Termolecular 
Tcrmolecular 
Termolecular 

Elementary  Reaction 

A   >  products 

A  +  A   ►  products 
A  +  B   >  products 
A  +  A  +  A   »  products 
A  +  A  +  B  *  products 
A  +  B  +  (  »  products 

Rate  Law 
Rate  =  k[A] 

Rate  =  ic[A]2 
Rate  =  A:[A][B] 

Rate  =  ic[A]3 Rate  =  fc[A]2[B] Rate  =  fc[A][B][C] 

Therefore,  the  rate  law  wil  be  first  order  in  both  [A]  and  [B],  and  second  order 
overall. 

The  rate  laws  for  all  feasible  elementary  reactions  are  given  in  Table  14.3  ▲. 
Notice  how  the  rate  law  for  each  kind  of  elementary  reaction  follows  directly 
from  the  molecularity  of  that  reaction.  It  is  important  to  remember,  however, 
that  we  cannot  tell  by  merely  looking  at  a  balanced  chemical  equation  whether 
the  reaction  involves  one  or  sev  eral  elementary  steps. 

■I  SAMPLE  EXERCISE  14.13  |  Predicting  the  Rate  Law  for  an  Elementary 
Reaction 

If  the  following  reaction  occurs  in  a  single  elementary  reaction,  predict  the  rate  law: 

H2(g)  +  Br2(g)   >  2  HBr(y) 
Solution 
Analyze:  We  are  given  the  equation  and  asked  for  its  rate  law,  assuming  that  it  is  an 
elementary  process. 

Plan:  Because  we  are  assuming  that  the  reaction  occurs  as  a  single  elementary  reac- 
tion, we  are  able  to  write  the  rate  law  using  the  coefficients  for  the  reactants  in  the 

equation  as  the  reaction  orders. 
Solve:  The  reaction  is  bimolecular,  inv  olving  one  molecule  of  H2  with  one  molecule 
of  Br2.  Thus,  the  rate  law  is  first  order  in  each  reactant  and  second  order  overall: 

Rate  =  fc[H2][Br2] 

Comment:  Experimental  studies  of  this  reaction  show  that  the  reaction  actually  has 
a  very  different  rate  law: 

Rate  =  /ctHJtBr,]1  2 
Because  the  experimental  rate  law  differs  from  the  one  obtained  by  assuming  a  single 
elementary  reaction,  we  can  conclude  that  the  mechanism  must  involve  two  or  more  ele- 

mentary steps. 

HI  PRACTICE  EXERCISE 

Consider  the  following  reaction:  2  NO(g)  +  Br2(g)   "  2  NOBr(g).  (a)  Write  the  rate 
law  for  the  reaction,  assuming  it  involves  a  single  elementary  reaction,  (b)  Is  a  single- 
step  mechanism  likely  for  this  reaction? 
Answers:  (a)  Rate  =  l[NO]2[Br;;]  (b)  No,  because  termolecular  reactions  are  very  rare 

The  Rate-Determining  Step  for  a  Multistep  Mechanism 

As  with  the  reaction  in  Sample  Exercise  14.13,  most  chemical  reactions  occur  by 
mechanisms  that  invok  e  two  or  more  elementary  reactions.  Each  of  these  steps 
of  the  mechanism  has  its  own  rate  constant  and  activation  energy.  Often  one  of 

the  steps  is  much  slower  than  the  others.  The  overall  rate  of  a  reaction  cannot 
exceed  the  rate  of  the  slowest  elementary  step  of  its  mechanism.  Because  the 

slow  step  limits  the  overall  reaction  rate,  it  is  called  the  rate-determining  step 
(or  rate-limiting  step). 
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▲  Figure  14.18   Rate-determining  step.  The  flow  of  traffic  on  a  toll  road  illustrates  how  a  rate-determining 
step  controls  reaction  rate.  The  flow  is  limited  by  the  flow  of  traffic  through  the  slower  toll  plaza.  In  (a)  the  rate  at 
which  cars  can  reach  point  3  is  limited  by  how  quickly  they  can  get  through  plaza  A.  In  this  case,  getting  from  point 
1  to  point  2  is  the  rate-determining  step.  In  (b),  getting  from  point  2  to  point  3  is  the  rate-determining  step. 

To  understand  the  concept  of  a  rate-determining  step,  consider  a  toll  road 
with  two  toll  plazas  (1  igure  14.18  A).  We  will  measure  the  rate  at  which  cars 
exit  the  toll  road.  Cars  enter  the  toll  road  at  point  1  and  pass  through  toll  plaza 
A.  They  then  pass  an  intermediate  point  2  before  passing  through  toll  pla/a  B. 
Upon  exiting,  they  pass  point  3.  We  can  therefore  envision  this  trip  along  the 
toll  road  as  occurring  in  two  elementary  steps: 

Step  I:    Point  1  — >  point  2  (through  plaza  A) 

Step  2:    Point  2  >  point  3  (through  pla/a  13) 

Overall:    Point  1  — »  point  3  (through  pla/a  A  and  B) 

Now  suppose  that  several  of  the  gates  at  toll  plaza  A  are  malfunctioning,  so 
that  traffic  backs  up  behind  it  [  Figure  1 4.  IS(a)|.  The  rate  at  which  cars  can  get  to 
point  3  is  limited  by  the  rate  at  which  they  can  get  through  the  traffic  jam  at 

plaza  A.  Thus,  step  1  is  the  rate-determining  step  of  the  journey  along  the  toll 
road.  If,  however,  traffic  flows  quickly  through  plaza  A,  but  gets  backed  up  at 

plaza  B  [Figure  14.18(b)],  there  will  be  a  buildup  of  cars  in  the  intermediate  re- 
gion between  the  plazas.  In  this  case  step  2  is  rate  determining:  The  rate  at 

which  cars  can  travel  the  toll  road  is  limited  by  the  rate  at  which  they  can  pass 
through  pla/a  B. 

In  the  same  way,  the  slowest  step  in  a  multistep  miction  limits  the  overall  rule. 

By  analogy  to  Figure  14.18(a),  the  rate  of  a  faster  step  following  the  rate- 
determining  step  does  not  speed  up  the  overall  rate.  If  the  slow  step  is  not  the 
first  one,  as  in  Figure  14.18(b),  the  faster  preceding  steps  produce  intermediate 
products  that  accumulate  before  being  consumed  in  the  slow  step.  In  either 

case  the  rate-determining  step  governs  the  rate  law  for  the  overall  miction. 

Q    GIVE  IT  SOME  THOUGHT 

Why  can't  the  rate  law  for  a  reaction  generally  be  deduced  from  the  balanced  equa- tion for  the  reaction? 

Mechanisms  with  a  Slow  Initial  Step 

The  relationship  between  the  slow  step  in  a  mechanism  and  the  rate  law  for  the 

overall  reaction  is  most  easily  seen  by  considering  an  example  in  which  the  first 

step  in  a  multistep  mechanism  is  the  slow,  rate-determining  step.  As  an  exam- 
ple, consider  the  reaction  of  NO2  and  CO  to  produce  NO  and  CO:  (Equation 

14.23).  Below  225"C,  it  is  found  experimentally  that  the  rate  law  for  this  reaction 
is  second  order  in  NOt  and  zero  order  in  CO:  Rate  =  A[N02]2.  Can  we  propose 
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a  reaction  mechanism  that  is  consistent  with  this  rate  law?  Consider  the  follow- 

ing two-step  mechanism:* 

Step  1:  N02(g)  +  NO:(x)  »  N03(g)  +  NO(tf)  (slow) 

Step  2:    NQ3(g)  +  CO(,y)  — NQ2(g)  +  CQ2(g)  (fast) 

Overall:     N02(g)  +  CO(g)   >  NO(g)  +  C02(g) 

Step  2  is  much  taster  than  step  I;  that  is,  k2  k\ .  The  intermediate  NO-^e)  is 
slowly  produced  in  step  1  and  is  immediately  consumed  in  step  2. 

Because  step  1  is  slow  and  step  2  is  fast,  step  1  is  rate  determining.  Thus,  the 

rate  of  the  overall  reaction  equals  the  rate  of  step  1 ,  and  the  rate  law  of  the  over- 
all reaction  equals  the  rate  law  of  step  1.  Step  1  is  a  bimolecular  process  that  has 

the  rate  law 

Rate  =  jti[N02]2 

Thus,  the  rate  law  predicted  bv  this  mechanism  agrees  with  the  one  observed 
experimentally. 

Could  we  propose  a  one-step  mechanism  for  the  preceding  reaction?  We 
might  suppose  that  the  overall  reaction  is  a  single  bimolecular  elementary 

process  that  involves  the  collision  of  a  molecule  of  N02  with  one  of  CO.  How- 
ever, the  rate  law  predicted  by  this  mechanism  would  be 

Rate  =  Jt[N02][CO] 

Because  this  mechanism  predicts  a  rate  law  different  from  that  observed  exper- 
imentally, we  can  rule  it  out. 

■■  SAMPLE  EXERCISE  14.14  |  Determining  the  Rate  Law  for  a  Multistep 
Mechanism 

The  decomposition  of  nitrous  oxide,  N20,  is  believed  to  occur  by  a  two-step  mechanism: 

N20(g)   *  N2(g)  +  0(g)  (slow) 

N20(g)  +  0(g)   >  N2(g)  +  02(g)  (fast) 
(a)  Write  the  equation  for  the  overall  reaction,  (b)  Write  the  rate  law  for  the  overall 
reaction. 

Solution 

Analyze:  Given  a  multistep  mechanism  with  the  relative  speeds  of  the  steps,  we  are 
asked  to  write  the  overall  reaction  and  the  rate  law  for  that  overall  reaction. 

Plan:  (a)  The  overall  reaction  is  found  bv  adding  the  elementary  steps  and  eliminat- 
ing the  intermediates,  (b)  The  rate  law  for  the  overall  reaction  will  be  that  of  the  slow, 

rate-determining  step. 
Solve:  (a)  Adding  the  two  elementary  reactions  gives 

2  N20(g)  +  0(g)   ►  2  N2(g)  +  02(g)  +  0(g) 

Omitting  the  intermediate,  0(g),  which  occurs  on  both  sides  of  the  equation,  gives 
the  overall  reaction: 

2  N20(g)   »  2  N2(g)  +  02(g) 

(b)  The  rate  law  for  the  ov  erall  reaction  is  just  the  rate  law  for  the  slow,  rate- 
determining  elementary  reaction.  Because  that  slow  step  is  a  unimolecular  elemen- 

tary reaction,  the  rate  law  is  first  order: 
Rate  =  k[N20] 

*  I  hi1  subscript  on  the  rate  constant  identities  the  elementary  step  inv  oked.  Thus,  kt  is  the  rate  con- 
stant for  step  1 ,  fcj  is  the  rate  constant  for  step  2,  and  so  forth.  A  negativ  e  subscript  refers  to  the  rate 

constant  for  the  reverse  ot  an  elementary  step.  For  example,  k  ]  is  the  rate  constant  for  the  reverse 
of  the  first  step 
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Ozone  reacts  with  nitrogen  dioxide  to  produce  dinitrogen  pentoxide  and  oxygen: 

03(g)  +  2  N02(x)   »  N205(g)  +  02(g) 

The  reaction  is  believed  to  occur  in  two  steps: 

03(g)  +  N02(x)   »  N03(g)  +  02(g) 

N03(g)  4  NO:(y)   *  N205(g) 

The  experimental  rate  law  is  rate  =  ̂ [O^INC^l-  What  can  you  sav  about  the  relativ  e 
rates  of  the  two  steps  of  the  mechanism7 
Answer:  Because  the  rate  law  conforms  to  the  molecularity  of  the  first  step,  that  must 
be  the  rate-determining  step.  The  second  step  must  be  much  faster  than  the  first  one. 

Mechanisms  with  a  Fast  Initial  Step 

It  is  difficult  to  derive  the  rate  law  for  a  mechanism  in  which  an  in  tor  mediate  is 

a  reactant  in  the  rate-determining  step.  This  situation  arises  in  multistep  mech- 

anisms when  the  first  step  is  not  rate  determining.  Let's  consider  one  example: 
the  gas-phase  reaction  of  nitric  oxide  (NO)  with  bromine  (Bis). 

2  NO{g)  +  Br2(g)  -  — »  2  NOBr(g)  [14.24] 

The  experimentally  determined  rate  law  for  this  reaction  is  second  order  in  NO 
and  first  order  in  Br2: 

Kate  =  Jr[NO]2[Br2]  [14.25] 

We  seek  a  reaction  mechanism  that  is  consistent  with  this  rate  law.  One  possi- 
bility is  that  the  reaction  occurs  in  a  single  termolecular  step: 

NO(x)  +  NO(g)  +  Br2(g)  -  -*  2  NOBr(g)       Rate  =  /c[NO]2[Br2]  [14.26] 

As  noted  in  Practice  Exercise  14.  13,  this  does  not  seem  likely  because  termolec- 
ular processes  are  so  rare. 

Let's  consider  an  alternativ  e  mechanism  that  does  not  invoke  termolecular 
steps: 

Stepl:         NO(g)  +  Br2(#)  ■  ̂    '  NOBr2(g)  (fast) 

Step  2:     NOBr2(g)  +  NO(g)     h   >  2  NOBr(g)  (slow) 

In  this  mechanism,  step  1  actually  involves  two  processes:  a  forward  reaction 
and  its  reverse. 

Because  step  2  is  the  slow,  rate-determining  step,  the  rate  of  the  overall  re- 
action is  governed  by  the  rate  law  for  that  step: 

Rate  =  it[NOBr2][NO]  [14.27] 

However,  NOBr2  is  an  intermediate  generated  in  step  I.  Intermediates  are  usu- 
ally unstable  molecules  that  have  a  low,  unknown  concentration.  Thus,  our  rate- 

law  depends  on  the  unknown  concentration  of  an  intermediate. 

Fortunately,  with  the  aid  of  some  assumptions,  we  can  express  the  concen- 
tration of  the  intermediate  (NOBr2)  in  terms  of  the  concentrations  of  the  start- 

ing reactants  (NO  and  Br2).  We  first  assume  that  NOBr2  is  intrinsically  unstable 
and  that  it  does  not  accumulate  to  a  significant  extent  in  the  reaction  mixture. 

There  are  two  ways  for  NOBr2  to  be  consumed  once  it  is  formed:  It  can  either 
react  with  NO  to  form  NOBr  or  fall  back  apart  into  NO  and  Br:.  The  first  of 
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these  possibilities  is  step  2,  a  slow  process.  The  second  is  the  reverse  of  step  1,  a 
n ni molecular  process: 

NOBr2(g)     M  >  NO(x)  +  Br2(g)  [14.28] 

Because  step  2  is  slow,  we  assume  that  most  of  the  NOBr2  falls  apart  according 
to  Equation  14.28.  Thus,  we  have  both  the  forward  and  reverse  reactions  of  step 
1  occurring  much  faster  than  step  2.  Because  they  occur  rapidly  with  respect  to 
the  reaction  in  step  2,  the  forward  and  reverse  processes  of  step  1  establish  an 
equilibrium.  We  have  seen  examples  of  dynamic  equilibrium  before,  in  the 
equilibrium  between  a  liquid  and  its  vapor  >)  and  between  a 
solid  solute  and  its  solution.  As  in  any  dynamic  equilibrium, 
the  rates  of  the  forward  and  reverse  reactions  are  equal.  Thus,  we  can  equate 
the  rate  expression  for  the  forward  reaction  in  step  1  with  the  rate  expression 
for  the  reverse  reaction: 

^[NO][Br2]  /c_,[NOBr2] 
Rate  of  forward  reaction        Rate  of  reverse  reaction 

Solving  for  [NOBr2],  we  have 

[NOBr-i]  =  ̂[NO][Br-,] 

Substituting  this  relationship  into  the  rate  law  for  the  rate-determining  step 
(Equation  14.27),  we  have 

Rate  =  ̂-^[  NO]  [Br,]  [NO]  =  A[NO]-[Br,] 

This  is  consistent  with  the  experimental  rate  law  (Equation  14.25).  The  experi- 
mental rate  constant,  k,  equals  k^k^/k^.  This  mechanism,  which  involves  only 

unimolecular  and  bimolecular  processes,  is  far  more  probable  than  the  single 
termolecular  step  (Equation  14.26). 

In  general,  whenever  a  fast  step  precedes  a  slow  one,  we  can  solve  for  the  concentra- 
tion of  an  intermediate  by  assuming  that  an  equilibrium  is  established  in  the  fast  step. 

MM  SAMPLE  EXERCISE  14.15  |  Deriving  the  Rate  Law  for  a  Mechanism  with  a  Fast Initial  Step 

Show  that  the  following  mechanism  for  Equation  14.24  also  produces  a  rate  law  con- 
sistent with  the  experimentally  observed  one: 

Stepl:     NO(g)  +  NO(g)  .   'M    '  N202(g)      (fast  equilibrium) 

k—  ] 

Step  2:    N202(g)  +  Br2(g)  — ^— ♦  2  MOBr(g)  (slow) 

Solution 

Analyze:  We  are  given  a  mechanism  with  a  fast  initial  step  and  asked  to  write  the 
rate  law  for  the  overall  reaction. 
Plan:  The  rate  law  of  the  slow  elementary  step  in  a  mechanism  determines  the  rate 
law  for  the  overall  reaction.  Thus,  we  first  write  the  rate  law  based  on  the  molecular- 
ity  of  the  slow  step.  In  this  case  the  slow  step  involves  the  intermediate  N202  as  a  re- 
actant.  Experimental  rate  laws,  however,  do  not  contain  the  concentrations  of 
intermediates,  but  are  expressed  in  terms  of  the  concentrations  of  starting  substances. 
Thus,  we  must  relate  the  concentration  of  N202  to  the  concentration  of  NO  by  as- 

suming that  an  equilibrium  is  established  in  the  first  step. 
Solve:  The  second  step  is  rate  determining,  so  the  overall  rate  is 

Rate  =  /c2[N2Q2][Br2] 



We  solve  for  the  concentration  of  the  intermediate  XjO;  by  assuming  that  an  equilib- 
rium is  established  in  step  I;  thus,  the  rates  of  the  forward  and  reverse  reactions  in 

step  1  are  equal: 

/cJNO]2  =  k  |[N202] 

[NNO-.]  =  r^INO]2 i 

Substituting  this  expression  into  the  rate  expression  gives 

Rate  =  k2  —   |NO|-[Br>]  =  fr[NO]-[BH 

k  i 

Thus,  this  mechanism  also  yields  a  rate  law  consistent  with  the  experimental  one. 

■i  PRACTICE  EXERCISE 

The  first  step  of  a  mechanism  in\  olving  the  reaction  of  bromine  is 

Br:<X)  •  -  Br(,v)     (last,  equilibrium) 
k  1 

What  is  the  expression  relating  the  com  entration  of  Br(g)  to  that  of  Bri(x)? 

Iky  ̂ ~ Ansivvr.  |Br|  [Bn] 
\  *  1 

14.7  I  Catalysis  

A  catalyst  is  a  substance  that  changes  the  speed  of  a  chemical  reaction  w  ithout 
undergoing  a  permanent  chemical  change  itself  in  the  process.  Catalysts  are 
very  common;  most  reactions  in  the  body,  the  atmosphere,  and  the  oceans 
occur  with  the  help  of  catalysts.  Much  industrial  chemical  research  is  devoted 
to  the  search  for  new  and  more  effective  catalysts  for  reactions  of  commercial 

importance.  Extensive  research  efforts  also  are  devoted  to  finding  means  of  in- 
hibiting or  remov  ing  certain  catalysts  that  promote  undesirable  reactions,  such 

as  those  that  corrode  metals,  age  our  bodies,  and  cause  tooth  decay. 

Homogeneous  Catalysis 

A  catalyst  that  is  present  in  the  same  phase  as  the  reacting  molecules  is  called  a 
homogeneous  catalyst.  Examples  abound  both  in  solution  and  in  the  gas 

phase.  Consider,  for  example,  the  decomposition  of  aqueous  hydrogen  perox- 
ide, W202{aq),  into  water  and  oxygen: 

2H202(fl<7)  *  2H20(/)  1  02(g)  [14.29] 

In  the  absence  of  a  catalyst,  this  reaction  occurs  extremely  slowly. 

Many  different  substances  are  capable  of  catalyzing  the  reaction  represent- 
ed by  Equation  14.2L),  including  bromide  ion,  Br  (</</),  as  shown  in 

Figure  14.1*-)  ►.  The  bromide  ion  reacts  with  hydrogen  peroxide  in  acidic  solu- 
tion, forming  aqueous  bromine  and  water: 

2  Br  ~(aq)  +  \\202{aq)  +  2H+     — »  Br2(aq)  +  2  H20(/)  [14.30] 
The  brown  color  observed  in  the  middle  photograph  of  Figure  14.  F'  indicates  the 
formation  of  Br2(/?(/).  If  this  were  the  complete  reaction,  bromide  ion  would  not  be 
a  catalyst  because  it  undergoes  chemical  change  during  the  reaction.  However, 

hydrogen  peroxide  also  reacts  with  the  Br2(/7f/)  generated  in  Equation  14.30: 

Br2(aq)  +  H202(aq)  ►  2  Br  (aq)  +  2  H+(aq)  f  02(g)  [14.31] 

The  bubbling  evident  in  Figure  14.  lc'(b)  is  due  to  the  formation  ol  02(#). 
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HOMOGENEOUS  CATALYSIS 

A  catalyst  that  is  present  in  the  same  phase  as  the  reacting  molecules  is  a  homogeneous  catalyst. 

i 

In  the  absence  of  a  catalyst, 
HiC^i/)  decomposes  very slowly. 

Shortly  after  the  addition  of  a  small 
amount  of  NaBr(m/)  to  H202(fli/),  the 
solution  turns  brown  because  Bv2  is 
generated  (Equation  14.30).  The 

buildup  of  Br;  leads  to  rapid  evolution 
of  O2  according  to  Equation  14.31. 

After  all  of  the  HiOi  has  decomposed, 
a  colorless  solution  of  NaBrOn/) 

remains.  Thus,  NaBr  has  catalyzed  the 
reaction  even  though  it  is  not 
consumed  during  the  reaction. 

A  Figure  14.19  Effect  of  catalyst.  (H20 
molecules  and  Na  '  ions  are  omitted  from 
the  molecular  art  for  clarity.) 

The  sum  of  Equations  14.30  and  14.31  is  just  Equation  14.29: 

2  H202(aq)   *  2  H20(/)  +  02(g) 

When  EhOo  has  been  totally  decomposed,  we  are  left  with  a  colorless  solution  of 

Br~(aq),  as  seen  in  the  photograph  on  the  right  in  Figure  14.19.  Bromide  ion, 
therefore,  is  indeed  a  catalyst  of  the  reaction  because  it  speeds  the  overall  reac- 

tion without  itself  undergoing  any  net  change.  In  contrast,  Br2  is  an  intermediate 
because  it  is  first  formed  (Equation  14.30)  and  then  consumed  (Equation  14.31). 
Neither  the  catalyst  nor  the  intermediate  appears  in  the  chemical  equation  for 
the  overall  reaction.  Notice,  however,  that  the  catalyst  is  there  at  the  start  of  the 
reaction,  whereas  the  intermediate  is  formed  during  the  course  of  the  reaction. 

On  the  basis  of  the  Arrhenius  equation  (Equation  14.19),  the  rate  constant 

(k)  is  determined  by  the  activation  energy  (E„)  and  the  frequency  factor  (A).  A 
catalyst  may  affect  the  rate  of  reaction  by  altering  the  value  of  either  E„  or  A. 
The  most  dramatic  catalytic  effects  come  from  lowering  Ea.  As  a  general  rule,  a 
catalyst  lowers  the  overall  activation  energy  for  a  chemical  reaction. 
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2  1 1:0:  * 
2  Br    4  2  H 

Uncatalyzed  reaction 

2  H20  +  0: 

Br   +  2  H 

4  Figure  14.20   Energy  profiles  for 
uncatalyzed  and  catalyzed  reactions.  The 
energy  profiles  for  the  uncatalyzed  decomposition 
of  hydrogen  peroxide  and  for  the  reaction  as 
catalyzed  by  Br  are  compared.  The  catalyzed 
reaction  involves  two  successive  steps,  each  of 
which  has  a  lower  activation  energy  than  the 
uncatalyzed  reaction.  Notice  that  the  energies  of 
reactants  and  products  are  unchanged  by  the 
catalyst. 

Reaction  pathway 

A  catalyst  usually  lowers  the  overall  activation  energy  for  a  reaction  bv 
providing  a  completely  different  mechanism  tor  the  reaction.  The  examples 

given  previously  invok  e  a  rev  ersible,  cyclic  reaction  of  the  catalyst  with  the  re- 
actants. In  the  decomposition  of  hydrogen  peroxide,  for  example,  two  succes- 

sive reactions  of  H2O2,  with  bromide  and  then  w  ith  bromine,  take  place. 
Because  these  two  reactions  together  serve  as  a  catalytic  pathway  for  hydrogen 

peroxide  decomposition,  both  of  them  must  have  significantly  lower  activation 
energies  man  the  uncatalyzed  decomposition,  as  shown  schematically  in 
Figure  14.20  A. 

Q    GIVE  IT  SOME  THOUGHT 

How  does  a  catalyst  increase  the  rate  of  a  reaction? 

Heterogeneous  Catalysis 

A  heterogeneous  catalyst  exists  in  a  different  phase  from  the  reactant  mole- 
cules, usually  as  a  solid  in  contact  with  either  gaseous  reactants  or  with  reac- 

tants in  a  liquid  solution.  Many  industrially  important  reactions  are  catalyzed 
by  the  surfaces  of  solids.  For  example,  hydrocarbon  molecules  are  rearranged 

to  form  gasoline  with  the  aid  of  what  are  called  "cracking"  catalysts  (see  the 
"Chemistry  at  Work"  box  in  Section  25.3).  Heterogeneous  catalysts  are  often 
composed  of  metals  or  metal  oxides.  Because  the  catalyzed  reaction  occurs  on 

the  surface,  special  methods  are  often  used  to  prepare  catalysts  so  that  they 
have  very  large  surface  areas. 

The  initial  step  in  heterogeneous  catalysis  is  usually  adsorption  of  reac- 
tants. Adsorption  refers  to  the  binding  of  molecules  to  a  surface,  whereas 

absorption  refers  to  the  uptake  of  molecules  into  the  interior  of  another  sub- 
stance. Adsorption  occurs  because  the  atoms  or  ions  at  the 

surface  of  a  solid  are  extremely  reactive.  Unlike  their  counterparts  in  the  interi- 
or of  the  substance,  surface  atoms  and  ions  have  unused  bonding  capacity.  This 

unused  bonding  capability  may  be  used  to  bond  molecules  from  the  gas  or  so- 
lution phase  to  the  surface  of  the  solid. 

The  reaction  of  hydrogen  gas  with  ethylene  gas  to  form  ethane  gas  pro- 
vides an  example  of  heterogeneous  catalysis: 

C2H4(g)  +  H2(g)  ►  C2H6(g)       All       -137kJ/mol  [14.32] 
Ethylene  I  thane 

Even  though  this  reaction  is  exothermic,  it  occurs  very  slowly  in  the  absence  of 

a  catalyst.  In  the  presence  of  a  finely  powdered  metal,  however,  such  as  nickel, 
palladium,  or  platinum,  the  reaction  occurs  rather  easily  at  room  temperature. 
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(c)  (d) 

▲  Figure  14.21    Mechanism  for  reaction  of  ethylene  with  hydrogen  on  a  catalytic  surface. 
(a)  The  hydrogen  and  ethylene  are  adsorbed  at  the  metal  surface,  (b)  The  H  —  H  bond  is  broken  to  give  adsorbed 
hydrogen  atoms,  (c)  These  migrate  to  the  adsorbed  ethylene  and  bond  to  the  carbon  atoms,  (d)  As  C —  H  bonds 
are  formed,  the  adsorption  of  the  molecule  to  the  metal  surface  is  decreased  and  ethane  is  released. 

The  mechanism  hy  which  the  reaction  occurs  is  diagrammed  in  Figure  14.21  ▲. 
Both  ethylene  and  hydrogen  are  adsorbed  on  the  metal  surface  [Figure 

14.21(a)].  Upon  adsorption  the  H  —  H  bond  of  H2  breaks,  leaving  two  H  atoms 
that  are  bonded  to  the  metal  surface,  as  shown  in  Figure  14.21(b).  The  hydrogen 

atoms  are  relatively  free  to  move  about  the  surface.  When  a  hydrogen  encoun- 
ters an  adsorbed  ethylene  molecule,  it  can  form  a  a  bond  to  one  of  the  carbon 

atoms,  effectively  destroying  the  C  —  C  tt  bond  and  leaving  an  ethyl  group 
(C2H5)  bonded  to  the  surface  via  a  metal-to-carbon  a  bond  [Figure  14.21(c)]. 
This  a  bond  is  relatively  weak,  so  when  the  other  carbon  atom  also  encounters 

a  hydrogen  atom,  a  sixth  C  —  H  a  bond  is  readily  formed  and  an  ethane  mole- 
cule is  released  from  the  metal  surface  [Figure  14.21(d)].  The  site  is  ready  to  ad- 
sorb another  ethylene  molecule  and  thus  begin  the  cycle  again. 
We  can  understand  the  role  of  the  catalyst  in  this  process  by  considering 

the  bond  enthalpies  involved.  In  the  course  of  the  reaction,  the 

H  —  H  a  bond  and  the  C  —  C  tt  bond  must  be  broken,  and  to  do  so  requires 
the  input  of  energy,  which  we  can  liken  to  the  activation  energy  of  the  reaction. 

The  formation  of  the  new  C  —  Ha  bonds  releases  an  even  greater  amount  of 
energy,  making  the  reaction  exothermic.  When  H2  and  C2H4  are  bonded  to 
the  surface  of  the  catalyst,  less  energy  is  required  to  break  the  bonds,  lowering  the 

activation  energy  of  the  reaction. 

Enzymes 

Many  of  the  most  interesting  and  important  examples  of  catalysis  involve  reac- 
tions within  living  systems.  The  human  body  is  characterized  by  an  extremely 

complex  system  of  interrelated  chemical  reactions.  All  these  reactions  must 
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1      CHEMISTRY  AT  WORK  |  Catalytic  Converters 

T_T  eterogeneous  catalysis  plays  a  major  role  in  the  fight 
J.  X  against  urban  air  pollution,  rwo  components  of  automo- 

bile exhausts  that  help  form  photochemical  smog  are  nitrogen 
oxides  and  un burned  hydrocarbons  of  various  types  (Section 

18.4).  In  addition,  automobile  exhausts  may  contain  consider- 
able quantities  ol  carbon  monoxide  Fven  with  the  most  care- 

ful attention  to  engine  design,  it  is  impossible  under  normal 
driving  conditions  to  reduce  the  quantity  ol  these  pollutants 

to  an  acceptable  level  in  the  exhaust  gases.  It  is  therefore  nec- 
essary to  remov  e  them  from  the  exhaust  before  they  are  vent- 

ed to  the  air.  this  removal  is  accomplished  in  the  catalytic 
converter. 

The  catalytic  converter,  which  is  part  ol  the  exhaust  sys- 
tem, must  perform  two  distinct  functions:  ( I )  oxidation  of  CO 

and  unburned  hydrocarbons  (CVH,,)  to  carbon  dioxide  and 
water,  and  (2)  reduction  of  nitrogen  oxides  to  nitrogen  gas: 

CO,C,Hv  — — *  CO.,  +  H20 

NO,  N02   *  N2 

These  two  functions  require  two  distinctly  different  catalysts, 

so  the  development  of  a  successful  catalyst  system  is  a  diffi- 
cult challenge.  The  catalysts  must  be  effective  over  a  wide 

range  of  operating  temperatures.  I  hey  must  continue  to  be  ac- 
tive in  spite  of  the  fact  that  various  components  of  the  exhaust 

can  block  the  activ  e  sites  of  the  catalyst.  They  must  be  suffi- 
ciently rugged  to  withstand  exhaust  gas  turbulence  and  the 

mechanical  shocks  of  driv  ing  under  various  conditions  tor 
thousands  of  miles. 

Catalysts  that  promote  the  combustion  of  CO  and  hydro- 
carbons are,  in  general,  the  transition-metal  oxides  and  the 

noble  metals,  such  as  platinum.  A  mixture  of  two  different 
metal  oxides,  CuO  and  Cr20-w  might  be  used,  for  example. 
These  materials  are  supported  on  a  structure  (Figure  14.22  ►) 
that  allows  the  best  possible  contact  between  the  flowing  ex- 

haust gas  and  the  catalyst  surface.  Either  bead  or  honeycomb 
structures  made  from  alumina  (Al20,)  and  impregnated  with 
the  catalyst  may  be  employed.  Such  catalysts  operate  by  first 
adsorbing  oxygen  gas,  also  present  in  the  exhaust  gas.  This 

adsorption  weakens  the  O  —  O  bond  in  02,  so  that  oxygen 
atoms  are  available  for  reaction  with  adsorbed  CO  to  form 

C02.  Hydrocarbon  oxidation  probably  proceeds  somewhat 
similarly,  with  the  hydrocarbons  fust  being  adsorbed  fol- 

lowed by  rupture  of  a  C  —  H  bond. 
The  most  effective  catalysts  for  reduction  of  NO  to  yield 

N2  and  02  are  transition-metal  oxides  and  noble  metals,  the 
same  kinds  of  materials  that  catalyze  the  oxidation  of  CO  and 

hydrocarbons.  The  catalysts  that  are  most  effective  in  one  reac  - 
tion, however,  are  usually  much  less  effective  in  the  other.  It  is 

therefore  necessary  to  have  tw  o  different  catalytic  components. 
Catalytic  converters  are  remarkably  efficient  heteroge- 

neous catalysts.  1  he  automotive  exhaust  gases  are  in  contact 
with  the  catalyst  tor  only  HID  to  400  ms.  In  this  very  short  time, 
96%  of  the  hydrocarbons  and  CO  are  converted  to  C02  and 
H20,  and  the  emission  of  nitrogen  oxides  is  reduced  by  76%. 

There  are  costs  as  well  as  benefits  associated  with  the  use  of 
catalytic  converters.  Some  ot  the  metals  used  in  the  converters 

are  very  expensive.  Catalytic  converters  currently  account  for 
about  35%  of  the  platinum,  65%  of  the  palladium,  and  95%  of  the 
rhodium  used  annually.  All  of  these  metals,  which  come  mainly 
from  Russia  and  South  Africa,  are  far  more  expensive  than  gold. 
Related  Exercises:  ] 4  ̂ 4,  14.7  \  and  14  74 

y 

▲  Figure  14.22  Cross  section  of  a  catalytic  converter. 
Automobiles  are  equipped  with  catalytic  converters,  which  are  part  of 
their  exhaust  systems.  The  exhaust  gases  contain  CO,  NO,  N02,  and 

unburned  hydiocaibons  winch  pass  ovei  uiif.Kt-s  impiev'.ruiU'd  with 
catalysts.  The  catalysts  promote  the  conversion  of  the  exhaust  gases  into 

C02,  H20,  and  N2. 

occur  at  carefully  controlled  rates  in  order  to  maintain  life.  A  large  number  of 
marvelously  efficient  biological  catalysts  known  as  enzymes  are  necessary  for 

many  of  these  reactions  to  occur  at  suitable  rates.  Most  enzymes  are  large  pro- 
tein molecules  with  molecular  weights  ranging  from  about  10,000  to  about  I 

million  amu.  They  are  very  selective  in  the  reactions  that  they  catalyze,  and 

some  are  absolutely  specific,  operating  for  only  one  substance  in  only  one  reac- 
tion. The  decomposition  of  hydrogen  peroxide,  for  example,  is  an  important  bi- 

ological process.  Because  hydrogen  peroxide  is  strongly  oxidizing,  it  can  be 

physiologically  harmful.  For  this  reason,  the  blood  and  livers  of  mammals  con- 
tain an  enzyme,  catnlasc,  which  catalyzes  the  decomposition  of  hydrogen  perox- 

ide into  water  and  oxygen  (Equation  14.29).  Figure  14.23  ►  show  s  the  dramatic 
acceleration  of  this  chemical  reaction  by  the  catalase  in  beef  liver. 
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►  Figure  14.23   Effect  of  an  enzyme. 
Ground-up  beef  liver  causes  hydrogen  peroxide 
to  decompose  rapidly  into  water  and  oxygen. 
The  decomposition  is  catalyzed  by  the  enzyme 
catalase.  Grinding  the  liver  breaks  open  the  cells, 
so  that  the  reaction  takes  place  more  rapidly. 
The  frothing  is  due  to  escape  of  oxygen  gas  from 
the  reaction  mixture. 

►  Figure  14.24  The  lock-and-key  model  Substrate 
for  enzyme  action.  The  correct  substrate  is  Products 
recognized  by  its  ability  to  fit  the  active  site  of  the 
enzyme,  forming  the  enzyme-substrate  complex. 
After  the  reaction  of  the  substrate  is  complete,  the 
products  separate  from  the  enzyme. 

Enzyme  Enzyme-substrate  Enzyme 
complex 

(a) 

4 

▲  Figure  14.25   Molecular  model  of  an 
enzyme,  (a)  A  molecular  model  of  the  enzyme 
lyiozyme.  Note  the  characteristic  cleft,  which  is 
the  location  of  the  active  site  (b)  tysozyme  with 
a  bound  substrate  molecule. 

.Although  an  enzvme  is  a  large  molecule,  the  reaction  is  catalyzed  at  a  very 

specific  location  in  the  enzyme,  called  the  active  site.  The  substances  that  un- 
dergo reaction  at  this  site  are  called  substrates.  A  simple  explanation  for  the 

specificity  of  enzymes  is  provided  by  the  lock-and-key  model,  illustrated  in 
Figure  14.24  A.  The  substrate  is  pictured  as  fitting  neatly  into  a  special  place  on 

the  enzyme  (the  active  site),  much  like  a  specific  key  fitting  into  a  lock.  The  ac- 
tive site  is  created  by  coiling  and  folding  of  the  long  protein  molecule  to  form  a 

space,  something  like  a  pocket,  into  which  the  substrate  molecule  fits. 

Figure  14.25  -4  shows  a  model  of  the  enzyme  lysozyme  with  and  without  a 
bound  substrate  molecule. 

The  combination  of  the  enzyme  and  the  substrate  is  called  the  enzyme- 

substrate  complex.  Although  Figure  14.24  shows  both  the  active  site  and  its  com- 
plementary substrate  as  having  rigid  shapes,  there  is  often  a  fair  amount  of 

flexibility  in  the  active  site.  Thus,  the  active  site  may  change  shape  as  it  binds 

the  substrate.  The  binding  between  the  substrate  and  the  active  site  involves  in- 
termolecular  forces  such  as  dipole-dipole  attractions,  hydrogen  bonds,  and 
London  dispersion  forces. 

As  the  substrate  molecules  enter  the  active  site,  they  are  somehow  activated, 

so  that  they  are  capable  of  extremely  rapid  reaction.  This  activation  may  result 
from  the  withdrawal  or  donation  of  electron  density  at  a  particular  bond  by  the 

enzyme.  In  addition,  in  the  process  of  fitting  into  the  active  site,  the  substrate 
molecule  may  be  distorted  and  thus  made  more  reactive.  Once  the  reaction  oc- 

curs, the  products  then  depart,  allowing  another  substrate  molecule  to  enter. 
The  activity  of  an  enzyme  is  destroyed  if  some  molecule  in  the  solution  is 

able  to  bind  strongly  to  the  active  site  and  block  the  entry  of  the  substrate.  Such 
substances  are  called  eiizi/mc  inhibitors.  Nerve  poisons  and  certain  toxic  metal 
ions  such  as  lead  and  mercury  are  believed  to  act  in  this  way  to  inhibit  enzyme 
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activity.  Some  other  poisons  act  by  attaching  elsewhere  on  the  enzyme,  thereby 
distorting  the  active  site  so  that  the  substrate  no  longer  fits. 

Enzymes  are  enormously  more  efficient  than  ordinary  nonbiochemical  cata- 
lysts. The  number  of  individual  catalyzed  reaction  events  occurring  at  a  particu- 

lar active  site,  called  the  turnover  number,  is  generally  in  the  range  of  10 1  to  1 0  per 
second.  Such  large  turnov  er  numbers  correspond  to  very  low  activation  energies. 

Q    GIVE  IT  SOME  THOUGHT 

What  names  are  given  to  the  following  aspects  of  enzymes  and  enzyme  catalysis:  (a)  the 

place  on  the  enzyme  where  catalysis  occurs,  (b)  the  substances  that  undergo  catalysis7 

CHEMISTRY  AND  I. IFF.  \  Nitrogen  Fixation  and  Nitrogenase 

Nitrogen  is  one  of  the  most  essential  elements  in  living  or- 
ganisms. It  is  found  in  many  compounds  that  are  vital  to 

life,  including  proteins,  nucleic  acids,  vitamins,  and  hormones. 

Plants  use  very  simple  nitrogen-containing  compounds,  espe- 

cially Nhh,  NH4 ' ,  and  NOi  ,  as  starting  materials  from  which 
such  complex,  biologically  necessary  compounds  are  formed. 
Animals  are  unable  to  synthesize  the  complex  nitrogen  com- 

pounds they  require  from  the  simple  substances  used  by  plants. 
Instead,  they  rely  on  more  complicated  prec  ursors  present  in  vi- 

tamin-and  protein-rich  foods. 
Nitrogen  is  continually  cycling  through  this  biological 

arena  in  various  forms,  as  shown  in  the  simplified  nitrogen 
cycle  in  Figure  14. 2h  ▼.  For  example,  certain  microorganisms 
conv  ert  the  nitrogen  in  animal  waste  and  dead  plants  and  ani- 

mals into  molecular  nitrogen,  Ni^'),  which  returns  to  the  at- 
mosphere. In  order  for  the  food  chain  to  be  sustained,  there 

must  be  a  means  of  reincorporating  this  atmospheric  Nt  in  a 
form  that  plants  can  utilize.  The  process  of  converting  Ni  into 

compounds  that  plants  can  use  is  called  nitrogen  fixation.  Fix- 

ing nitrogen  is  difficult;  "xN  is  an  exceptionally  unreactive  mol- 
ecule, in  large  part  because  of  its  very  strong  N  =  N  triple 

bond.  Some  fixed  nitrogen  results  from  the 
action  of  lightning  on  the  atmosphere,  and  some  is  produced 
industrially  using  a  process  we  will  discuss  in  Chapter  15. 
About  60%  of  fixed  nitrogen,  however,  is  a  consequence  of  the 
action  of  a  remarkable  and  complex  enzvme  called  nitrogenase. 
I  his  enzvme  is  not  present  in  humans  or  other  animals;  rather, 
it  is  found  in  bacteria  that  live  in  the  root  nodules  of  certain 

plants  such  as  the  legumes  clover  and  alfalfa. 
Nitrogenase  converts  N2  into  NH  ;,  a  process  that,  in  the 

absence  of  a  catalvst,  has  ,i  verv  large  activation  energy.  I  his 

process  is  a  redm  Hon  of  nitrogen — during  the  reaction,  its  oxi- 
dation state  is  reduced  from  0  in  \  >  to  3  in  NH3.  I  he  mech- 
anism by  which  nitrogenase  reduces  is  not  fully 

understood.  1  ike  main  other  enzvmes,  including  catalase,  the 

active  site1  of  nitrogenase  contains  transition-metal  atoms; 

.ightning 

Rain 

-4  Figure  14.26  Simplified  picture  of  the 
nitrogen  cycle.  The  compounds  of  nitrogen  in 
the  soil  are  water-soluble  species,  such  as 
NH3,  N02  ,  and  N05  ,  which  can  be  washed  out 
of  the  soil  by  groundwater.  These  nitrogen 
compounds  are  converted  into  biomolecules  by 
plants  and  are  incorporated  into  animals  that  eat 
the  plants.  Animal  waste  and  dead  plants  and 
animals  are  attacked  by  certain  bacteria  that 
release  N2  to  the  atmosphere  Atmospheric  N2  is 
fixed  in  the  soil  predominantly  by  the  action  of 
certain  plants  that  contain  the  enzyme 
nitrogenase,  thereby  completing  the  cycle. 

To  groundwater 

continues  on  next  page 
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such  enzymes  are  called  metalloenzymes.  Because  transition 
metals  can  readily  change  oxidation  state,  metalloenzvmes  are 
especially  useful  for  effecting  transformations  in  which  sub- 

strates are  either  oxidized  or  reduced. 

It  has  been  known  for  nearly  20  years  that  a  portion  of  ni- 
trogenase  contains  iron  and  molybdenum  atoms.  This  portion, 
called  the  FeMo-cofactor,  is  thought  to  serve  as  the  active  site  of 
the  enzyme.  The  FeMo-cofactor  of  nitrogenase  is  a  striking 
cluster  of  seven  Fe  atoms  and  one  Mo  atom,  all  linked  bv  sul- 

fur atoms  (Figure  14.27  ▼).  In  2002,  scientists  using  higher  res- 
olution X-ray  crystallography  discovered  a  single  light  atom 

at  the  center  of  the  FeMo-cofactor.  The  specific  identity  of  the 
atom  is  not  yet  known,  but  it  is  thought  to  be  a  nitrogen  atom. 
The  role  of  this  atom  in  the  reduction  of  Nt  by  the  cofactor  is 
an  area  of  intense  current  research. 

It  is  one  of  the  wonders  of  life  that  simple  bacteria  can 
contain  beautifully  complex  and  vitally  important  enzvmes 
such  as  nitrogenase.  Because  of  this  enzyme,  nitrogen  is  con- 

tinually cycled  between  its  comparatively  inert  role  in  the  at- 
mosphere and  its  critical  role  in  living  organisms;  without  it, 

life  as  we  know  it  could  not  exist  on  Earth. 
Related  Exercises:  14.77,  14.103 

Fe 
Mo 

■4  Figure  14.27   The  FeMo-cofactor  of 
nitrogenase.  Nitrogenase  is  found  in 
nodules  in  the  roots  of  certain  plants,  such  as 
the  white  clover  roots  shown  at  the  left.  The 
cofactor,  which  is  thought  to  be  the  active  site 
of  the  enzyme,  contains  seven  Fe  atoms  and 
one  Mo  atom,  linked  by  sulfur  atoms.  The 
molecules  on  the  outside  of  the  cofactor 
connect  it  to  the  rest  of  the  protein. 

500  1000 
Time  (s) 

▲  Figure  14.28  Variation  in  pressure  of 
HCOOH(g)  as  a  function  of  time  at  838  K. 
The  red  line  corresponds  to  decomposition  when 
only  gaseous  HCOOH  is  present.  The  blue  line 
corresponds  to  decomposition  in  the  presence  of 
added  ZnO(s). 

M  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

Formic  acid  (HCOOH)  decomposes  in  the  gas  phase  at  elevated  temperatures  as 
follows: 

HCOOH( 

CO,( 

The  decomposition  reaction  is  determined  to  be  first  order.  A  graph  of  the  partial 
pressure  of  HCOOH  versus  time  for  decomposition  at  838  K  is  shown  as  the  red 
curve  in  Figure  14.28  A.  When  a  small  amount  of  solid  ZnO  is  added  to  the  reaction 
chamber,  the  partial  pressure  of  acid  versus  time  varies  as  shown  bv  the  blue  curve  in 

Figure  14.28. 
(a)  Estimate  the  half-life  and  first-order  rate  constant  for  formic  acid  decomposition. 
(b)  What  can  vou  conclude  from  the  effect  of  added  ZnO  on  the  decomposition 

of  formic  acid? 

(c)  The  progress  of  the  reaction  was  followed  bv  measuring  the  partial  pressure 
of  formic  acid  vapor  at  selected  times.  Suppose  that,  instead,  we  had  plotted  the  con- 

centration of  formic  acid  in  units  of  mol  L.  What  effect  would  this  have  had  on  the 
calculated  value  of  k? 

(d)  The  pressure  of  formic  acid  vapor  at  the  start  of  the  reaction  is  3.00  x  10"  torr. 
Assuming  constant  temperature  and  ideal-gas  behavior,  what  is  the  pressure  in  the  sys- 

tem at  the  end  of  the  reaction?  If  the  volume  of  the  reaction  chamber  is  436  cm  ,  how 
manv  moles  of  gas  occupy  the  reaction  chamber  at  the  end  of  the  reaction? 

(e)  The  standard  heat  of  formation  of  formic  acid  vapor  is  AH?  =  —378.6  kj  mol. 
Calculate  1HZ  for  the  overall  reaction.  Assuming  that  the  activation  energy  (El7)  for 
the  reaction  is  184  kj  mol,  sketch  an  approximate  energv  profile  for  the  reaction,  and 

label  E, ,  AH:,  and  the  transition  state. 

Solution  (a)  The  initial  pressure  of  HCOOH  is  3.00  x  102  torr.  On  the  graph  we  move 
to  the  level  at  which  the  partial  pressure  of  HCOOH  is  150  torr,  half  the  initial  value. 

This  corresponds  to  a  time  of  about  6.60  x  10"  s,  which  is  therefore  the  half-life.  The 
first-order  rate  constant  is  given  bv  Equation  14.15:  k  =  0.693  tl  2  =  0.693  660  s  = 

1.05  X  10_3s"'. 



Summary  and  Kev  Terms        61 5 

(b)  The  reaction  proceeds  much  more  rapidly  in  the  presence  of  solid  ZnO(  so 
the  surface  of  the  oxide  must  be  acting  as  a  catalyst  for  the  decomposition  of  the  acid. 
This  is  an  example  of  heterogeneous  catalysis. 

(c)  If  we  had  graphed  the  concentration  ot  formic  acid  in  units  of  moles  per  liter, 
we  would  still  have  determined  that  the  half-life  for  decomposition  is  bh()  seconds, 
and  we  would  have  computed  the  same  value  for  k.  Because  the  units  for  A  are  s  , 
the  value  for  A  is  independent  of  the  units  used  for  concentration. 

(d)  According  to  the  stoichiometrv  of  the  reaction,  two  moles  ot  product  are 
formed  for  each  mole  of  reactant.  When  reaction  is  completed,  therefore,  the  pressure 
will  be  600  torr,  just  twice  the  initial  pressure,  assuming  ideal-gas  behavior.  (Because 
we  are  working  at  quite  high  temperature  and  fairly  low  gas  pressure,  assuming 
ideal-gas  behavior  is  reasonable.)  The  number  ot  moles  of  gas  present  can  be  calcu- 

lated using  the  ideal-gas  equation  (Section  10.4): 

PV         (600/760  atm)  (0.436  L) 
ii  =  -  -  =  5.00  X  10  moles 

RT     (0.0821  L-atm/mol-K)(838  K) 

(e)  We  first  calculate  the  overall  change  in  energy,  AH  (Section  5.7  and  Appen- 
dix C),  as  in 

AH'  =  AH°(C02(£))  ■  A/MH;(x))  -  AH  ?(HCOOH(g)) 

=  -393.5 kj/mol  +  0  -  (-378.6  kj/mol) 
=  -14.9  kj/mol 

From  this  and  the  given  value  for  /  , ,  we  tan  draw  an  approximate  energy  profile  for 
the  reaction,  in  analogy  to  Figure  14.15. 

1  ransition  state 
\ 
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Reaction  pathway 

SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  14.1  In  this  chapter  we  ex- 
plored chemical  kinetics,  the  area  of  chemistry  that  studies 

the  rates  of  chemical  reactions  and  the  factors  that  affect 

them,  namely,  concentration,  temperature,  and  catalysts. 

Section  14.2  Reaction  rates  are  usually  expressed  as 

changes  in  concentration  per  unit  time:  Typically,  for  reac- 
tions in  solution,  rates  are  given  in  units  of  molarity  per 

second  (M/s).  For  most  reactions,  a  plot  of  molarity  versus 

time  shows  that  the  rate  slow  s  dow  n  as  the  reaction  pro- 
ceeds. The  instantaneous  rate  is  the  slope  of  a  line  drawn 

tangent  to  the  concentration-versus-time  curve  at  a  specif- 
ic time.  Rates  can  be  written  in  terms  of  the  appearance  of 

products  or  the  disappearance  of  reactants;  the  stoichiom- 
etry  of  the  reaction  dictates  the  relationship  between  rates 
of  appearance  and  disappearance.  Spectroscopy  is  one 

technique  that  can  be  used  to  monitor  the  course  of  a  reac- 

tion. According  to  Beer's  law,  the  absorption  of  electro- 
magnetic radiation  by  a  substance  at  a  particular  wave- 

length is  directly  proportional  to  its  concentration. 

Section  14.3  I  he  quantitative  relationship  betw  een 
rate  and  concentration  is  expressed  by  a  rate  law,  which 

usually  has  the  following  form: 

Rate  =:  Adreactant  I  |"'[reactant  2]". . 

The  constant  k  in  the  rate  law  is  called  the  rate  constant;  the 

exponents  ///,  //,  and  so  forth  are  called  reaction  orders  for 
the  reactants.  The  sum  of  the  reaction  orders  gives  the 
overall  reaction  order.  Reaction  orders  must  be  deter- 

mined experimentally.  The  units  of  the  rate  constant  de- 
pend on  the  overall  reaction  order.  For  a  reaction  in  which 

the  overall  reaction  order  is  1,  A  has  units  of  s  ;  for  one  in 

w  hich  the  ov  erall  reaction  order  is  2,  A  has  units  ol  A I  1  s  . 



616       Chapter  14         Chemical  Kinetics 

Section  14.4  Rate  laws  can  be  used  to  determine  the 

concentrations  of  reactants  or  products  at  any  time  dur- 
ing a  reaction.  In  a  first-order  reaction  the  rate  is  propor- 

tional to  the  concentration  of  a  single  reactant  raised  to 

the  first  power:  Rate  =  A[ A].  In  such  cases  the  integrated 
form  of  the  rate  law  is  ln[A],  =  —kt  +  lnIA](1/  where  [A], 
is  the  concentration  of  reactant  A  at  time  t,  A  is  the  rate 
constant,  and  [A]0  is  the  initial  concentration  of  A.  Thus, 

for  a  first-order  reaction,  a  graph  of  ln[A]  versus  time 

yields  a  straight  line  of  slope  -A'. 
A  second-order  reaction  is  one  for  which  the  overall 

reaction  order  is  2.  If  a  second-order  rate  law  depends  on 

the  concentration  of  only  one  reactant,  then  rate  =  A[A]~, 
and  the  time  dependence  of  [A]  is  given  by  the  integrated 

form  of  the  rate  law:  1/[A],  =  l/[ A ](i  +  kt.  In  this  case  a 
graph  of  1/[A],  versus  time  yields  a  straight  line. 

The  half-life  of  a  reaction,  t}  2,  is  the  time  required 
for  the  concentration  of  a  reactant  to  drop  to  one-half  of 
its  original  value.  For  a  first-order  reaction,  the  half-life 
depends  only  on  the  rate  constant  and  not  on  the  initial 

concentration:  fp2  =  0.693/A.  The  half-life  of  a  second- 
order  reaction  depends  on  both  the  rate  constant  and  the 

initial  concentration  of  A:  t\  2  =  lA'[A]n. 

Section  14.5  The  collision  model,  which  assumes  that 

reactions  occur  as  a  result  of  collisions  between  mole- 

cules, helps  explain  why  the  magnitudes  of  rate  constants 

increase  with  increasing  temperature.  The  greater  the  ki- 

netic energy  of  the  colliding  molecules,  the  greater  the  en- 
ergy of  collision.  The  minimum  energy  required  for  a 

reaction  to  occur  is  called  the  activation  energy,  £„.  A  col- 
lision with  energy  or  greater  can  cause  the  atoms  of  the 

colliding  molecules  to  reach  the  activated  complex  (or 

transition  state),  which  is  the  highest  energy  arrange- 
ment in  the  pathway  from  reactants  to  products.  Even  if  a 

collision  is  energetic  enough,  it  may  not  lead  to  reaction; 
the  reactants  must  also  be  correctly  oriented  relative  to 
one  another  in  order  for  a  collision  to  be  effective. 

Because  the  kinetic  energy  of  molecules  depends  on 

temperature,  the  rate  constant  of  a  reaction  is  very  depen- 
dent on  temperature.  The  relationship  between  k  and 

temperature  is  given  by  the  Arrhenius  equation: 

k  =  At '  «'  .  The  term  A  is  called  the  frequency  factor;  it 
relates  to  the  number  of  collisions  that  are  favorably  ori- 

ented for  reaction.  The  Arrhenius  equation  is  often  used 

in  logarithmic  form:  k  =  In  A  -  E„/RT.  Thus,  a  graph  of 

In  A  versus  1/7  yields  a  straight  line  with  slope  —  EJR. 

Section  14.6  A  reaction  mechanism  details  the  indi- 

vidual steps  that  occur  in  the  course  of  a  reaction.  Each  of 

these  steps,  called  elementary  reactions,  has  a  well- 
defined  rate  law  that  depends  on  the  number  of  mole- 

cules (the  molecularity)  of  the  step.  Elementary  reactions 
are  defined  as  cither  unimolecular,  bimolecular,  or 

termolecular,  depending  on  whether  one,  two,  or  three 

reactant  molecules  are  involved,  respectively.  Termolecu- 
lar elementary  reactions  are  very  rare.  Unimolecular,  bi- 

molecular, and  termolecular  reactions  follow  rate  laws 
that  are  first  order  overall,  second  order  overall,  and  third 
order  overall,  respectively. 

Many  reactions  occur  by  a  multistep  mechanism,  in- 
volving two  or  more  elementary  reactions,  or  steps.  An 

intermediate  is  produced  in  one  elementary  step  and  is 
consumed  in  a  later  elementary  step  and  therefore  does 

not  appear  in  the  overall  equation  for  the  reaction.  When 
a  mechanism  has  several  elementary  steps,  the  overall 
rate  is  limited  by  the  slowest  elementary  step,  called  the 

rate-determining  step.  A  fast  elementary  step  that  fol- 
lows the  rate-determining  step  will  have  no  effect  on  the 

rate  law  of  the  reaction.  A  fast  step  that  precedes  the  rate- 

determining  step  often  creates  an  equilibrium  that  in- 
volves an  intermediate.  For  a  mechanism  to  be  valid,  the 

rate  law  predicted  by  the  mechanism  must  be  the  same  as 
that  observed  experimentally. 

Section  14.7  A  catalyst  is  a  substance  that  increases  the 
rate  of  a  reaction  without  undergoing  a  net  chemical 

change  itself.  It  does  so  by  providing  a  different  mecha- 
nism for  the  reaction,  one  that  has  a  lower  activation  ener- 

gy. A  homogeneous  catalyst  is  one  that  is  in  the  same 

phase  as  the  reactants.  A  heterogeneous  catalyst  has  a  dif- 
ferent phase  from  the  reactants.  Finely  divided  metals  are 

often  used  as  heterogeneous  catalysts  for  solution-  and 
gas-phase  reactions.  Reacting  molecules  can  undergo 
binding,  or  adsorption,  at  the  surface  of  the  catalyst.  The 
adsorption  of  a  reactant  at  specific  sites  on  the  surface 

makes  bond  breaking  easier,  lowering  the  activation  ener- 
gy. Catalysis  in  living  organisms  is  achieved  by  enzymes, 

large  protein  molecules  that  usually  catalyze  a  very  specif- 
ic reaction.  The  specific  reactant  molecules  involved  in  an 

enzymatic  reaction  are  called  substrates.  The  site  of  the  en- 
zyme where  the  catalysis  occurs  is  called  the  active  site.  In 

the  lock-and-key  model  for  enzyme  catalysis,  substrate 

molecules  bind  very  specifically  to  the  active  site  of  the  en- 
zyme, after  which  they  can  undergo  reaction. 
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VISUALIZING  CONCEPTS 

14.1  Consider  the  following  graph  of  the  concentration  ol  a 
substance  over  time,  (a)  Is  X  a  reactant  or  product  of  t ho 
reaction?  (b)  Why  is  the  average  rate  of  the  reaction 
greater  between  points  1  and  2  than  between  points  2 
and  V  [Section  14.2] 

I  ime 

14.2  Yon  study  the  rate  of  a  rea(  turn,  measuring  both  the  con- 
centration of  the  reactant  and  the  concentration  ol  the 

product  as  a  function  of  time,  and  obtain  the  following 
results: 

o 
J 

Time 

What  chemical  equation  is  consistent  with  tins  data: 
(a)  A   ►  B,  (b)  B   »  A,  (c)  A   >  2  B, 

(d)  B   ►  2  A.  Explain  your  choice.  [Section  14.2] 

14.3  You  perform  a  scries  of  experiments  for  the  reaction 
A   ►  B  +  C  and  find  th.it  the  rate  law  has  the  form 

rate  fc[A]"v.  Determine  the  value  of  x  in  each  of  the  fol- 
lowing cases:  (a)  There  is  no  rate  change  when  [A]  is 

tripled,  (b)  The  rate  increases  bv  a  factor  of1'  when  [A]  is 
tripled,  (c)  When  [A]  is  doubled,  the  rate  increases  by  a 
factor  of  8.  [Section  14.3] 

14.4  A  friend  studies  a  first-order  reaction  and  obtains  the 

following  three  graphs  for  experiments  done  at  tw  o  dif- 
ferent temperatures,  (a)  Which  two  lines  represent  ex- 

periments done  at  the  same  temperature?  What 
accounts  for  the  difference  in  these  two  lines1  In  what 
way  are  they  the  same7  (b)  Which  two  lines  represent 
experiments  done  with  the  same  starting  concentration 
but  at  different  temperatures?  Which  line  probably  rep- 

resents the  lower  temperature1  How  do  you  know1 
[Section  14.4] 

Time 

14. 5  (a)  Given  the  following  diagrams  at  /  (land/  30  mm, 
what  is  the  half-life  ol  the  reaction  if  it  follow  s  first-order 

kinetics1 J J 

*  J 

J 

J J  J 

t 1)  mm l     30  min 

tour 
halt-life  periods  for  a  first-order 

what  fraction  ol  reactant  remains1  [Sec  tion  14.4] 

14.6  You  study  the  effect  ol  temperature  on  the  rate  ol  two  re- 
actions and  graph  the  natural  logarithm  ol  the  rate  con- 

stant for  each  reaction  as  a  function  of  1  / .  I  low  do  the 

two  graphs  compare  (a)  it  the  activation  energx  ol  the 
second  reaction  is  higher  than  the  activation  energ)  of 
the  first  reaction  but  the  two  reactions  have  the  same 

frequency  factor,  and  (b)  il  the  frequency  tat  lor  ol  the 
second  reaction  is  higher  than  the  frequency  factor  of 
the  first  reaction  but  the  two  reac  lions  have  the  same  a< 

tivation  energy?  [Section  14. 3| 
14.7  Consider  the  diagram  below,  which  represents  two 

steps  in  an  overall  rea<  tion.  I  he  red  spheres  are  oxygen, 
the  blue  ones  nitrogen,  and  the  green  ones  fluorine, 

(a)  Write  the  chemical  equation  for  each  step  in  the  reac  - 
tion, (b)  Write  the  equation  for  the  overall  reaction. 

(c)  Identify    the    intermediate    in    the  mechanism. 
(d)  Write  the  rate  law  for  the  overall  reaction  it  the  first 

step  is  the  slow,  rate-determining  step.  [Section  1 4.6] 

J  J 

J 

J  J  J 

J  J 
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14.8  Based  on  the  following  reaction  profile,  how  many  in- 
termediates are  formed  in  the  reaction  A   »  C?  How 

many  transition  states  are  there?  Which  step  is  the 
fastest1  Is  the  reaction  A   ►  C  exothermic  or  en- 
dothermic?  [Section  14.6] 

Reaction  pathway 

14.9  Draw  a  possible  transition  state  for  the  bimolecular  reac- 
tion depicted  below.  (The  blue  spheres  are  nitrogen  atoms, 

and  the  red  ones  are  oxygen  atoms.)  Use  dashed  lines  to 
represent  the  bonds  that  are  in  the  process  of  being  broken 
or  made  in  the  transition  state.  [Section  14.(S] 

14.10  The  following  diagram  represents  an  imaginary  two- 
step  mechanism.  Let  the  orange  spheres  represent  ele- 

ment A,  the  green  ones  element  15,  and  the  blue  ones 
element  C.  (a)  Write  the  equation  for  the  net  reaction 
that  is  occurring,  (b)  Identify  the  intermediate,  (c)  Iden- 

tity the  catalyst.  [Sections  14.6  and  14.7] 

EXERCISES 

Reaction  Rates 

14.11  (a)  What  is  meant  by  the  term  reaction  rate?  (b)  Name 

three  factors  that  can  affect  the  rate  of  a  chemical  reac- 
tion, (c)  What  information  is  necessary  to  relate  the  rate 

of  disappearance  of  reactants  to  the  rate  of  appearance 

of  products? 
14.12  (a)  What  are  the  units  usually  used  to  express  the  rates 

of  reactions  occurring  in  solution?  (b)  From  your  every- 
day experience,  give  two  examples  of  the  effects  of  tem- 

perature on  the  rates  of  reactions,  (c)  What  is  the 
difference  between  average  rate  and  instantaneous  rate? 

14.13  Consider  the  following  hypothetical  aqueous  reaction: 

A(aq)   ►  Bfflif).  A  flask  is  charged  with  0.065  mol  of  A 
in  a  total  volume  of  100.0  mL.  The  following  data  are 
collected: 

Time  (min) 0 
10 

20 30 40 

Moles  of  A 0.065 0.051 0.042 
0.036 

0.031 

(a)  Calculate  the  number  of  moles  of  B  at  each  time  in 

the  table,  assuming  that  there  are  no  molecules  of  B  at 

time  zero,  (b)  Calculate  the  average  rate  of  disappear- 
ance of  A  for  each  10-min  interval,  in  units  of  M/s. 

(c)  Between  t  =  10  min  and  t  =  30  min,  what  is  the  av- 
erage rate  of  appearance  of  B  in  units  of  M  s?  Assume 

that  the  volume  of  the  solution  is  constant. 

14.14  A  flask  is  charged  with  0.100  mol  of  A  and  allowed  to 

react  to  form  B  according  to  the  hypothetical  gas-phase 
reaction  A(/s')   »  B(v).  The  following  data  are  collected: 

Time(s)  0  40  80         120  160 

Moles  of  A    0.100      0.067     0.045     0.030  0.020 

(a)  Calculate  the  number  of  moles  of  B  at  each  time  in 

the  table,  (b)  Calculate  the  average  rate  of  disappear- 
ance of  A  for  each  40-s  interval,  in  units  of  mol/s. 

(c)  What  additional  information  would  be  needed  to 

calculate  the  rate  in  units  of  concentration  per  time? 

14.15  The  isomerization  of  methyl  isonitrile  (CH^NC)  to  ace- 
tonitrile  (ChhCN)  was  studied  in  the  gas  phase  at 

215°C,  and  the  following  data  were  obtained: 

Time  (s) 
[CH3NC]  (M) 

0 0.0165 

2,000 
0.0110 

5,000 0.00591 

8,000 
0.00314 

12,000 0.00137 
15,000 0.00074 

(a)  Calculate  the  average  rate  of  reaction,  in  M/s,  for  the 
time  interval  between  each  measurement,  (b)  Graph 

[CH-,NC]  versus  time,  and  determine  the  instantaneous 
rates  in  M/s  at  t  =  5000  s  and  t  =  8000  s. 

14.16  The  rate  of  disappearance  of  HC1  was  measured  for  the 
following  reaction: 

CH3OH(aq)  +  HCl(rt,/)   *  CH3Cl(a<7)  +  H20(/) 

The  following  data  were  collected: 

Time  (min)  [HC1]  (M) 

0.0  1.85 
54.0  1.58 
107.0  1.36 
215.0  1.02 
430.0  0.580 
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(a)  Calculate  the  average  rate  of  reaction,  in  M/s,  tor 
the  time  interval  between  each  measurement. 

(b)  Graph  [HCI]  versus  time,  and  determine  the 
instantaneous  rates  in  M/min  and  A!  s  <it 
/      73.1)  nun  and  /      230  min. 

14.17  For  each  of  the  following  gas-phase  reactions,  indicate 
how  the  rate  ot  disappearance  of  each  reactant  is  related 
to  the  rate  of  appearance  of  each  product: 

(a)  H202(#)   ►  H2(g)  t  02(ff) 
(b)  2  N20(x)   ►  2  N2(x)  -  02($) 
(c)  N2(jj)  *  3H2(g)  >  2  NH3(g) 

14.18  For  each  of  the  following  gas-phase  rea<  tions,  write  the 
rate  expression  in  terms  of  the  appearance  ol  each  prod- 

uct or  disappearance  of  each  reactant: 

(a)  2  HBr(#)   ►  H2(g)  *  Br2(#) 
(b)  2S()2(X)  -  Q2(x)   '  2SO-,(j?) 
(c)  2  NO(v)  +  2  H2(x)   »  N2(x)  •  2H20(?) 

14.1')  (a)  Consider  the  combustion  of  H2(tf):  2  H20?)  ♦  02(,c) 
— •  2  fCO(c).  If  h\'drogen  is  burning  at  the  rate  ot 

0.S3  mol  s,  what  is  the  rate  of  consumption  ot  oxygen? 

What  is  the  rate  of  formation  ot  water  \  apor?  (b)  1  he  re- 

action 2NO(tf)  +  Cl2Qf)   '  2NOCl(#)  is  carried  out 
in  a  ciosed  vessel.  It  the  partial  pressure  of  NO  is  de- 

creasing at  the  rate  of  23  tor r  min,  what  is  the  rate  ol 

change  of  the  total  pressure'  of  the  vessel? 
14.20  (a)  Consider       the      combustion       of  ethylene, 

C:H4(x)  +  3  02(£)   >  2C02Q?)  +  2H2C%).    If  the 
concentration  of  C2H4  is  decreasing  at  the  rate  of 

0.37  M/s,  what  are  the  rates  of  change  in  the  concentra- 
tions of  C02  and  H20?  (b)  The  rate  of  decrease  in  N21 1 1 

partial  pressure  in  a  closed  reaction  vessel  from  the  reac- 
tion N2H4(tf)  t  H:(;s-)   ►  2  N 1 1  d.V )  is  63  torr  h.  W  hat 

are  the  rates  of  change  ol  NH3  partial  pressure  and  total 

pressure  in  the  \  essel 1 

Rate  Laws 

14.21  A  reaction  A  +  B   ►  C  obeys  the  following  rati'  law: 
Rate  =  k[B]2.  (a)  It  [A]  is  doubled,  how  will  the  rate 
change?  Will  the  rate  constant  change1  Explain,  (b)  What 
are  the  reaction  orders  for  A  and  B?  What  is  the  overall  re- 

action order1  (c)  What  are  the  units  of  the  rate  constant1 
14.22  A  reaction  A  +  B   ►  C  obeys  the  following  rate  law: 

Rate  =  )t[A]2[B|.  (a)  It  [A]  is  doubled,  how  will  the  rate 
change?  Will  the  rate  constant  change1  Explain,  (b)  What 
are  the  reaction  orders  for  A  and  B?  What  is  the  overall  re- 

action order?  (c)  What  are  the  units  ot  the  rate  constant? 

14.23  The  decomposition  of  N2C>5  in  carbon  tetrachloride  pro- 
ceeds as  follows:  2  N205   »  4  N02  *  02.  The  rate 

law  is  first  order  in  N2Ov  At  h4  C  the  rate  constant  is 

4.82  ■  10  '  s  '.  (a)  Write  the  rate  law  for  the  reaction, 
(b)  What  is  the  rate  ot  reaction  when 

[N2Os]  =  0.0240  M1  (c)  What  happens  to  the  rate  when 
the  concentration  of  N205  is  doubled  to  O.O4S0  M? 

14.24  Consider  the  following  reaction: 

2  NO{g)  +  2  H2{g)   >  N2(#)  +  2  H20{g) 
(a)  The  rate  law  for  this  reaction  is  first  order  in  H2  and 
second  order  in  NO.  Write  the  rate  law.  (b)  If  the  rate 

constant  for  this  reaction  at  1000  K  is  6.0  •  104  M  :s  ', 
what  is  the  reaction  rate  when  [NO)  =  0.023  A/1  and 
[H2]  =  0.013  M?  (c)  What  is  the  reaction  rate  at  1000  K 
when  the  concentration  of  NO  is  increased  to  0.10  M, 
while  the  concentration  of  H2  is  0.010  M? 

14.25  Consider  the  following  reaction: 

CH3Br(fl<7)  +  OH  (aq)   ►  CH3OH(nq)  +  Br  (aq) 
The  rate  law  for  this  reaction  is  first  order  in  CH3Br  and 

first  order  in  OH  .  When  [CH3Br]  is  3.0  x  10  '  M  and 
[OH  ]  is  0.030  M,  the  reaction  rate  at  298  K  is  0.0432  M/s. 

(a)  What  is  the  value  of  the  rate  constant1  (b)  What  are 

the  units  of  the  rate  constant1  (c)  What  would  happen  to 
the  rate  if  the  concentration  of  OH   were  tripled1 

14.26  The  reaction  between  ethyl  bromide  (C2H^Br)  and  hy- 
droxide ion  in  ethyl  alcohol  at  330  K,  C2H5Br(a/c)  + 

OH  {ale)   ►  C2H5OH(/)  +  Br  {ale),  is  first  order  each 
in  ethyl  bromide  and  hydroxide  ion.  When  [C2Hd3r]  is 
0.0477  M  and  [OH  1  is  0.100  M,  the  rate  of  disappearance 

of  ethyl  bromide  is  1.7  >  10  M/s.  (a)  W  hat  is  the  v  alue 
of  the  rate  constant1  (b)  What  are  the  units  of  the  rate  con- 

stant1 (c)  Mow  would  the  rate  ot  disappearance  of  ethyl 
bromide  change  it  the  solution  were  diluted  by  adding  an 

equal  volume  of  pure  ethyl  alcohol  to  the  solution? 
14.27  The  iodide  ion  reacts  with  hypochlorite  ion  (the  active 

ingredient  in  chlorine  bleaches)  in  the  following  way: 

OC1  +1  — ►  OP  4  CI  .  this  rapid  reaction  gives 
the  following  rate  data: 

[OC1 

"  1,  M 

I",  M 

Rate,  M/s 

1.5  x 

10  ; 

1.3  ■  10  5 1.36  •  10  1 

3.0  ■ 

10  J 

1.5  >  10  ; 
2.72  ■  10  1 1.5  x 

10  ; 

3.0  ■  10  1 2.72  ■   10  1 (a)  Write  the  rate  law  for  this  reaction,  (b)  Calculate 
the  rate  constant,  (c)  C  alculate  the  rate  when 

[OC1  ]  =  2.0  x  10  !  M  and  |l  |      3.0  •   10  *  M. 
14.28  The  reaction  2  C102((?(/)  )  2  OH  {aq)   ►  C103  {aq)  ■ 

C102  {aq)  t-  H2C)(/)  was  studied  with  the  following 
results 

Experiment       [C102l,  M 

[OH 

~],M 

Rate,  M/s 

1  0.060 0.030 0.0248 

2  0.020 
0.030 0.00276 

3  0.020 ( 1.091 1 
0.00828 

(a)  Determine  the  rate  law for  the  r< action. (b)  C  alculate 
the  rate  constant,  (c)  C  alculate  the rate  w 

hen  [C  I02] 

0.010  M  and  [OH  |  =  0.02 3  M. 
The  following  data  were 

measured  for the  reaction 

BF3(jj)  +  NH3(#)   »  F3BNH3(#): 

Experiment    [BFd  (M)    |NH3]  (M) 
Initial  Rate  (M/s) 

1  0.230 
0.230 

0.2130 
2  0.250 

ii  125 
ii  1065 

3  0.200 0.100 
0.0682 

4  0.350 0.100 0.1193 

5  0.173 0.100 0.0596 
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(a)  What  is  the  rate  law  for  the  reaction?  (b)  What  is  the 
ov  erall  order  of  the  reaction?  (c)  What  is  the  value  of  the 

rate  constant  for  the  reaction1  (d)  What  is  the  rati'  when 
[BFJ  =  0.100  M  and  [NH,]  =  0.300  Ml 

14.30  The  following  data  were  collected  for  the  rate  of  disap- 
pearance of  NO  in  the  reaction  2  NO(y)  +  02($)   ► 2  N02(g): 

Experiment [NO]  (M) [02|  (M) 
Initial  Rate  (M/s) 

1 0.0126 0.0125 

1.41  X  10  2 2 0.0252 0.0250 

1.13  x  10  1 3 0.0252 0.0125 

5.64  •  l(T2 
(a)  What  is  the  rate  law  tor  the  reaction?  (b)  What  are 
the  units  of  the  rate  constant?  (c)  What  is  the  average 
value  of  the  rate  constant  calculated  from  the  three  data 

sets1  (d)  What  is  the  rate  of  disappearance  of  NO  when 
[NO]  =  0.100  M  and  [02]  =  0.0200  M?  (e)  What  is  the 
rate  of  disappearance  of  02  at  the  concentrations  given 
in  part  (d)? 

114.311  Consider  the  gas-phase  reaction  between  nitric  oxide  and 
bromine   at    273  C:  2  NO(g)  +  Br2(g)   '  2  NOBr(#). 
The  following  data  for  the  initial  rate  of  appearance  of 
NOBr  were  obtained: 

Experiment     [NO|  (M)    [Br2]  (M)     Initial  Rate  (M/s) 

1  0.10  0.20  24 
2  0.25  0.20  150 
3  0.10  0.50  60 
4  0.35  0.50  735 

(a)  Determine  the  rati-  law.  (b)  C  alculate  the  average 
value  of  the  rati'  constant  tor  the  appearance  of  NOBr 
from  the  four  data  sets,  (c)  How  is  the  rate  of  appear- 

and' ol  NOBr  related  to  the  rate  of  disappearance  of 
Br2?  (d)  What  is  the  rati-  of  disappearance  of  Br2  when 
[NO|  =  0.075  M  and  [Br2]  =  0.25  Ml 

|14.32|  Consider  the  reaction  ot  peroxydisulfate  ion  (S2Os:  ) 
with  iodide  ion  (I  )  in  aqueous  solution: 

S2Os:  {aq)  t  3  1  (aq)   ►  2S042  {aq)  +  I3  (<?</) 

At  a  particular  temperature  the  rati"  of  disappearance 
of  S20,s"  varies  with  reactant  concentrations  in  the  fol- 

lowing manner: 

Initial  Rate 

Experiment [S2082_]  (M) 

[I"l  (M) 
(M/s) 

1 
0.01, s 

0.036 

2.6  x  10  6 

2 0.027 0.036 

3.9  x  10~fl 

3 0.036 0.054 

7.8  x  10  6 

4 0.050 
0.072 

1.4  x  10~5 

(a)  Determine  the  rate  law  for  the  reaction,  (b)  What  is  the 

average  value  of  the  rate  constant  for  the  disappearance 
of  S2Og  based  on  the  four  sets  of  data?  (c)  How  is  the 

rate  of  disappearance  of  S2Oh~~  related  to  the  rate  of  dis- 
appearance of  I  1  (d)  What  is  the  rate  of  disappearance  of 

I   when  [S:CV  ]  =  0.015  M  and  [I  "]  =  0.040  Ml 

Change  of  Concentration  with  Time 

14.33  (a)  Define  the  following  symbols  that  are  encountered  in 
rate  equations:  [A]q,  /|  2/  [Aj,,  k.  (b)  What  quantity,  when 

graphed  versus  time,  will  yield  a  straight  line  for  a  first- 
order  reaction? 

14.34  (a)  For  a  second-order  reaction,  what  quantity,  when 

graphed  v  ersus  time,  will  yield  a  straight  line1  (b)  How- 
do  the  halt-lives  of  first-order  and  second-order  reac- 

tions differ? 

14.35  (a)  The      gas-phase      decomposition      of  S02C12, 
S02Cl2(g)   •  SO:(.\')  +  Cl2(g),  is  first  order  in  S02C12. 
At  600  K  the  halt-lite  for  this  process  is  2.3  <  105  s.  What 
is  the  rate  constant  at  this  temperature?  (b)  At  320  C  the 

rate  constant  is  2.2  10  "s  '.  What  is  the  half-life  at  this 

temperature1 14.36  Americium-241  is  used  in  smoke  detectors.  It  has  a  rate 

constant  lor  radioactiv  e  decay  of  k  =  1.6  X  10  ̂  yr  . 
B\,  c  ontrast,  iodine-125,  which  is  used  to  test  for  thvroid 
functioning,  has  a  rate  constant  for  radioactive  decay  of 

A  0.01  I  day  '.  (a)  What  are  the  half-lives  of  these  two 
isotopes?  (b)  Which  one  decays  at  a  faster  rate?  (c)  How 
much  of  a  l.OO-mg  sample  of  either  isotope  remains 
after  three  hall-lives? 

14.37  As  described  in  Exen  ise  14.35,  the  decomposition  of  sul- 
furyl  chloride  (SOX  h)  is  a  first-order  process.  The  rate 

constant  for  the  decomposition  at  660  K  is 

4.5  x  10  2  s  '.  (a)  If  we  begin  with  an  initial  S02C12 
pressure  of  375  torr,  what  is  the  pressure  of  this  sub- 

stance after  65  s?  (b)  At  what  time  will  the  pressure  of 

S02C12  decline  to  one-tenth  its  initial  value? 
14.38  The  first-order  rate  constant  for  the  decomposition  of 

N20,,    N205(g)   ►  2  N02(g)  +  02(g),   at   70:C  is 
6.82  ■  10  3s  .  Suppose  we  start  with  0.0250  mol  of 
N20^(0  in  a  volume  of  2.0  L.  (a)  How  many  moles  of 
N2Os  will  remain  after  2.5  min?  (b)  How  many  minutes 
will  it  take  for  the  quantity  of  N20=;  to  drop  to 

0.010  mol1  (c)  What  is  the  half-life  of  N205  at  70:C? 
14.39  The  reaction 

S02C12(£)   >  S02(g)  +  Cl2(g) 

is  first  order  in  S02C12-  Using  the  following  kinetic  data, 

determine  the  magnitude  of  the  first-order  rate  constant: 

Time  (s) Pressure  S02C12  (atm) 

0 
1.000 

2,500 
0.947 

5,000 0.895 
7,500 

0.848 

10,000 
0.803 
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14.40  From  the  following  data  for  the  first-order  gas-phase 
isomerization  ol  CH-jNC  at  215  C,  calculate  the  first- 
order  rate  constant  and  hall-lite  tor  the  reaction: 

Time  (s) Pressure  CH^NC  (torr) 

0 502 

2,000 335 
5,000 ISO 
8,000 

95.5 

12,000 41.7 

15,000 22  4 

14.41  Consider  the  data  presented  in  Exercise  14.13.  (a)  B\ 

using  appropriate  graphs,  determine  w  hether  the  reac- 
tion is  first  order  or  second  order,  (b)  What  is  the  value 

of  the  rate  constant  for  the  reaction?  (c)  What  is  the  half- 
life  tor  the  reaction? 

14.42  Consider  the  data  presented  in  Exercise  14.14.  (a)  Deter- 
mine whether  the  reaction  is  tirst  order  or  second  order, 

(b)  What  is  the  value  of  the  rate  constant  ?  (c)  What  is  the 
half-life? 

14.43  The  gas-phase  decomposition  ol   N02,   N02(#)   * 
NO(x)  +  02(g),  is  studied  at  383  C,  giving  the  following 
data: 

Temperature  and  Rate 

14.45  (a)  What  factors  determine  whether  a  collision  between 

two  molecules  will  lead  to  a  chemical  reaction?  (b)  Ac- 
cording to  the  collision  model,  why  does  temperature 

affect  the  value  of  the  rate  constant? 

14.46  (a)  Explain  the  rate  of  a  unimolecular  (that  is,  one- 
molecule)  reaction,  such  as  the  isomerization  ol  methyl 
isonitrile  (Figure  14.6),  in  terms  of  the  collision  model. 

(b)  In  a  reaction  of  the  form  A(g)  +  B(g)   ►  products, 
are  all  collisions  of  A  with  B  that  are  sufficiently  energetic 
likely  to  lead  to  reaction?  Explain,  (c)  How  does  the 
kinetic-molecular  theory  help  us  understand  the  temper- 

ature dependence  of  chemical  reactions1 

14.47  Calculate  the  fraction  of  atoms  in  a  sample  of  argon  gas 
at  400  K  that  have  an  energy  of  10.0  k]  or  greater. 

14.48  (a)  The  activation  energy  for  the  isomerization  of 

methyl  isonitrile  (Figure  14.(->)  is  160  k|  mol.  Calculate 
the  fraction  of  methyl  isonitrile  molecules  that  have  an 
energy  of  160.0  k]  or  greater  at  500  K.  (b)  Calculate  this 
fraction  for  a  temperature  of  510  K.  What  is  the  ratio  of 
the  fraction  at  51(1  K  to  that  at  500  K? 

14.49  The  gas-phase  reaction  Cl(g)  +  HBr(g)   >  HCl(g)  + 
Brf^)  has  an  overall  enthalpy  change  of  66  kj.  The  acti- 

vation energy  for  the  reaction  is  7  kj.  (a)  Sketch  the  energy 
profile  for  the  reaction,  and  label  /„  and  A/  .  (b)  What  is 
the  activation  energy  tor  the  reverse  reaction? 

14.50  For  the  elementary  process  N2Os(x)   "  N02(g)  + 
NChtx)  the  activation  energy  (E„)  and  overall  AE  are 
154  kj/mol  and  136  kj/mol,  respectively,  (a)  Sketch  the 
energy  profile  for  this  reaction,  and  label  Ea  and  AE. 
(b)  What  is  the  activation  energy  tor  the  reverse 
reaction? 

Time  (s) i  mh  l  t  \  i \ 
\  INLM  l/V/) 

0.0 0.100 
5.0 0.017 

10.0 
0.0090 

15.0 0.0062 
20.0 0.0047 

(a)  Is  the  reaction  first  order  or  second  order  with  re- 
spect to  the  concentration  of  NC>2?  (b)  What  is  the  value 

of  the  rate  const, ml  ? 

14.44  Sucrose  (C]2H22On)/  which  is  commonly  know  n  .is  table- 
sugar,  reacts  in  dilute  acid  solutions  to  form  two  simpler 

sugars,  glucose  and  fructose',  both  of  which  hav  e  the  for- 
mula C(1H  1206:  At  23  C  and  in  0.5  M  I ICI,  the  following 

data  were  obtained  for  the  disappearance  of  sucrose: 

Time  (min) 
|CI2H22On|  (M) 

0 0.316 

39 

0.274 

Ml 

0.238 
140 0.190 

210 
0.146 

(a)  Is  the  reaction  first  order  or  second  order  with  respect 

to  [C12H220]  1 1?  (b)  What  is  the  value  of  the  rate  constant1 

14.51  Based  on  their  actuation  energies  and  energy  changes 
and  assuming  that  all  collision  factors  are  the  same, 
which  of  the  following  reactions  would  be  fastest  and 

which  would  be  slowest1  Explain  \ our  answer. 
(a)  Ea  =  45  kj/mol;  AE      -25  k|  mol; 
(b)  E„  =  35  kj/mol;  AE  =      10  k|  mol; 

(c)  Ea  =  55  kj/mol;  AE  -  10  k|  mol. 14.52  Which  of  the  reactions  in  Exercise  1431  will  be  fastest  in 

the  reverse  direction?  Which  will  be  slowest1  Explain. 
14.53  A  certain  first-order  reaction  has  a  rate  constant  of 

2.75  X  10  2  s  1  at  20  C.  What  is  the  value  of  k  at  60  t  it 

(a)E„  =  75.5  kj/mol;  (b)  Ea      105  kj  'mol? 
14.54  Understanding  the  high-temperature  behavior  ol  nitro- 

gen oxides  is  essential  for  controlling  pollution  generat- 
ed in  automobile  engines.  The  decomposition  of  nitric 

oxide  (N( ))  to  N2  and  ( )2  is  second  order  with  a  rate  con- 
stant of  0.0796  M  1  s  1  at  737°C  and  0.0815  M  1  s  1  at 

947  C.  Calculate  the  activation  energy  for  the  reaction. 
14. ii   I  he  rate  of  the  reaction 

CH3COOC2H5(fl(7)  F  OH  (aq)  » 
CH3COO  (aq)  t  C2H=,OH(<7<7) 

was  measured  at  several  temperatures,  and  the  follow  - 
ing data  were  collected: 

Temperature  (°C) 

k(M~x  s""1) 

15 0.0521 
25 

0.101 

35 0.184 
45 

0.332 

Using  these  data,  graph  In  k  versus  l/V  .  Using  your 
graph,  determine  the  value  of  E„. 
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14.56  The  temperature  dependence  of  the  rate  constant  for  the 
reaction  is  tabulated  as  follows: 

Temperature  (K) 

/c(M~ 1  s_1) 600 0.028 
650 

(1.22 

7(10 
1.3 

7  Ml 
6.0 

800 
23 

Calculate  E^and  A. 

[14.57]  The  activation  energy  of  a  certain  reaction  is  65.7  k|  mol. 
How  many  times  faster  will  the  reaction  occur  at  50  C 
than  at  0  C  ? 

114.58]  The  follow  ing  is  a  quote  from  an  article  in  the  August 
IS,  1998,  issue  of  The  New  York  Times  about  the  break- 

down of  cellulose  and  starch:  "A  drop  of  \H  degrees 
Fahrenheit  [from  77  F  to  54  1  ]  lowers  the  reaction  rate 

six  times;  a  36-degree  drop  [from  77°F  to  41  F]  produces 
a  fortyfold  decrease  in  the  rate."  (a)  Calculate  activ  ation 
energies  for  the  breakdown  process  based  on  the  two  es- 

timates of  the  effect  of  temperature  on  rate.  Are  the  val- 
ues consistent?  (b)  Assuming  the  value  of  £„  calculated 

from  the  36-degree  drop  and  assuming  that  the  rate  of 
breakdown  is  first  order  with  a  half-life  at  25°C  of  2.7 

years,  calculate  the  half-life  for  breakdown  at  a  temper- 

ature of  - 1 5°C. 

Reaction  Mechanisms 

14.59  (a)  What  is  meant  by  the  term  elementary  reaction? 
(b)  What  is  the  difference  between  a  imimolecular  and  a 
bimolecnlar  elementary  reaction?  (c)  What  is  a  miction 
mechanism? 

14.60  (a)  What  is  meant  by  the  term  molecularity?  (b)  Why  are 
termolecular  elementary  reactions  so  rare?  (c)  What  is 
an  intermediate  in  a  mechanism? 

14.61  What  is  the  molecularity  of  each  of  the  following  ele- 
mentary reactions?  Write  the  rate  law  for  each. 

(a)  Cl2(s)   *  2C%) 

(b)  OCl  ig)  +  H20(g)   ►  HOCl(x)  +  OH  (g) 

(c)  NO(g)  +  Cl2(g)   ►  NOCl2(g) 
14.62  What  is  the  molecularity  of  each  of  the  following  ele- 

mentary reactions?  Write  the  rate  law  for  each. 

(a)  2  NO(g)   ►  N202(s) 
CH2 

/  \ 
~ 

(b)  H2C  —  CH2(g)          CH2=CH— CH3(g) 

(c)  S03(g)   ►  S02(g)  +  0(g) 

14.63  (a)  Based  on  the  following  reaction  profile,  how  many 
intermediates  are  formed  in  tin    reaction  A   »  D? 
(b)  flow  many  transition  states  are  there?  (c)  Which  step 
is  the  fastest?  (d)  Is  the  reaction  A   •  D  exothermic  or 
endothermic? 

Reaction  pathway 

14.64  Consider  the  following  energy  profile. 

Reaction  pathway 

(a)  How  many  elementary  reactions  are  in  the  reaction 

mechanism?  (b)  How  many  intermediates  are  formed  in 
the  reaction?  (c)  Which  step  is  rate  limiting?  (d)  Is  the 
ov  erall  reaction  exothermic  or  endothermic? 

14.65  The  following  mechanism  has  been  proposed  for  the 

gas-phase  reaction  of  H^  with  IC1: 

H2(g)  +  lC\(g)   »  Hl(g)  +  HClfc) 

HI(g)  +  ICl(g)   ►  hig)  +  HCl(g) 

(a)  Write  the  balanced  equation  for  the  overall  reaction. 
(b)  Identify   any   intermediates   in   the  mechanism. 
(c)  Write  rate  laws  for  each  elementary  reaction  in  the 
mechanism,  (d)  If  the  first  step  is  slow  and  the  second 
one  is  fast,  what  rate  law  do  you  expect  to  be  observed 
for  the  overall  reaction? 

14.66  The  decomposition  of  hydrogen  peroxide  is  catalyzed 

by  iodide  ion.  The  catalyzed  reaction  is  thought  to  pro- 
ceed by  a  two-step  mechanism: 

H202((!</)  +  1  (aq)   ►  H20(/)  +  lO~(aq)  (slow) 

lO~(aq)  +  H202(aq)   »  H20(/)  +  02(g)  +  \~{aq)  (fast) 
(a)  Write  the  rate  law  for  each  of  the  elementary  reac- 

tions of  the  mechanism,  (b)  Write  the  chemical  equation 
for  the  overall  process,  (c)  Identify  the  intermediate,  if 
any,  in  the  mechanism,  (d)  Assuming  that  the  first  step 
of  the  mechanism  is  rate  determining,  predict  the  rate 
law  for  the  overall  process. 
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14.67  The  reaction  2  NO(.\')  +  Cl2(x)   *  2  NOCKy)  obeys 
the  rate  law,  rate  =  <r[NO]2[Cl2].  rhe  following  mecha- 

nism has  been  proposed  for  tins  reaction: 

NO{g)  +  C\2{g)   ►  NOCl2(£) 

NOCl2(£)  +  NO(.v)   »  2NOCl(x) 

(a)  What  would  the  rale  law  be  it  the  first  step  were  rate 
determining?  (b)  Based  on  the  observed  rate  law,  what 
can  we  conclude  about  the  relative  rates  ol  the  two 

steps1 14.68  You  have  studied  the  gas-phase  oxidation  of  I  IBr  by  C  )2: 

4  HBr(#)  •  02(£)   ►  2H2OQ?)  f  2  Br2^) 

You  find  the  reaction  to  be  first  order  with  respect  to 
1  IBr  and  first  order  with  respect  to  02.  You  propose  the 

following  mechanism: 

1  IBr(x)  t  02($)   ►  HOOBr(^) 

HOOBrft)  4  MBr(x)   ►  2  HOBr(^) 

HOBr(x)  *  llBr(y)   *  \\:0(:;)  +  Br2(y) 

(a)  Indicate  how  the  elementary  reactions  acid  to  give 
the  overall  reaction.  [Hint:  You  will  need  to  multiply  the 
coefficients  ol  one  ot  the  equations  b\  2.]  (b)  Based  on 
the  rate  law,  w  hich  step  is  rate  determining?  (c)  What 

are  the  intermediates  in  this  mechanism1  (d)  It  you  are 
unable  to  detect  HOBr  or  HOOBr  among  the  products, 

does  tins  dispros  e  your  mechanism1 

Catalysis 

14.69  (a)  What  part  of  the  energy  profile  of  a  reaction  is  affe(  t- 
ed  by  a  catalyst?  (b)  What  is  the  difference  between  a 
homogeneous  and  a  heterogeneous  catalyst? 

14.70  (a)  Most  heterogeneous  catalysts  of  importance  are  ex- 
tremely finely  divided  solid  materials.  Why  is  particle 

size  important1  (b)  What  role  (.Iocs  adsorption  play  in 
the  action  of  a  heterogeneous  catalyst? 

1     14.71  The  oxidation  of  S02  to  SO.,  is  catalyzed  by  N02  The  re- 
action proceeds  as  follows: 

NCMx)  +  S02(g)   »  NO(-)  r  SO3Q?) 

2NO(#)  4  OAs)   '  2N02(g) 

(a)  Show  that  the  two  reactions  can  be  summed  to  giv  e 
the  overall  oxidation  of  SO2  by  02  to  give  SO3.  [Hint: 
The  top  reaction  must  be  multiplied  by  a  factor  so  the 
NO  and  NO:  cancel  out]  (b)  Why  do  we  consider  N02 

a  catalyst  and  not  an  intermediate  in  tins  reaction1  (c)  Is 
this  an  example  of  homogeneous  catalysis  or  heteroge- 

neous catalysis? 
14.72  NO  catalyzes  the  decomposition  of  N:0,  possibly  by  the 

following  mechanism: 

NO(x)  +  N20(g)   ►  N2(g)  +  N02(g) 

2  N02(g)   ►  2  NO(g)  +  02(g) 

(a)  What  is  the  chemical  equation  for  the  ov  erall  reac- 
tion? Show  how  the  two  steps  can  be  added  to  give  the 

overall  equation,  (b)  Why  is  NO  considered  a  catalyst 
and  not  an  intermediate?  (c)  If  experiments  show  that 
during  the  decomposition  of  N20,  N02  does  not  accu- 

mulate in  measurable  quantities,  does  this  rule  out  the 

proposed  mechanism1  If  you  think  not,  suggest  what 
might  be  going  on. 

14.73  Manv  metallic  catalysts,  particularly  the  precious-metal 
ones,  are  often  deposited  as  very  thin  films  on  a  sub- 

stance of  high  surface  area  per  unit  mass,  such  as  alumi- 
na (Al2O-0  or  silica  (Si02).  Why  is  this  an  effective  way 

of  utilizing  the  catalyst  material? 

14.74  (a)  If  you  were  going  to  build  .1  system  to  check  the  ef- 
fectiveness of  automobile  catalytic  converters  on  cars, 

what  substances  would  you  want  to  look  for  in  the  car 

exhaust1  (b)  Automobile  catalytic  converters  hav  e  to 
work  at  high  temperatures,  as  hot  exhaust  gases  stream 
through  them.  In  what  ways  could  this  be  an  advan- 

tage? In  what  ways  a  disadvantage1  (c)  Why  is  the  rate 
of  flow  of  exhaust  gases  over  a  catalytic  converter  im- 

portant1 

14.75  When  D2  reacts  with  othv  lene  (C21 14)  in  the  presence  of 

a  finely  divided  catalyst,  ethane  with  two  deuteriums, 
CH2D  —  CH2D,  is  formed.  (I  )euterium,  I ),  is  an  isotope 
of  hydrogen  ot  mass  2.)  Very  little  ethane  forms  in  w  hich 
two  deuteriums  are  bound  to  one  carbon  (for  example, 

CH-i  —  CHD2).  Use  the  sequence  of  steps  involved  in 
the  reaction  to  explain  w  h\  this  is  so. 

14.76  Heterogeneous  catalysts  that  perform  hydrogenation  re- 
actions, as  illustrated  in  figure  14.21,  are  subject  to  poi- 

soning, which  shuts  down  their  catalytic  ability. 

Compounds  ot  sulfur  are  often  poisons.  Suggest  a  mech- 
anism by  which  such  compounds  might  act  as  poisons. 

14.77  (a)  Explain  the  importance  of  enzymes  in  biological  sys- 
tems, (b)  What  chemical  transformations  are  catalyzed 

(/)  by  the  enzyme  (  atalase,  (//)  by  nitrogenase? 
14.78  There  are  literally  thousands  of  enzymes  at  work  in 

complex  living  systems  such  as  human  beings.  What 
properties  ol  the  en/v  mes  give  rise  to  their  abilit)  to  dis- 

tinguish one  substrate  from  another? 

1 14.79|  The  activation  energy  of  an  uncatalyzed  reaction  is 
M5  k|  mol.  I  he  addition  ot  a  catalyst  lowers  the  aetiv  a 

lion  energy  to  55  kj/mol.  Assuming  that  the  collision 
factor  rem. uns  the  same,  by  w  hat  lac  tor  w  ill  the  calalv  st 
inc  rease  the  rate  of  the  reaction  .it  (a)  2^>  C,  (b)  I  ! 

|14.80|  Suppose  that  a  certain  biologically  important  re.n  tion  is 

quite  slow  at  physiological  temperature  (37°C)  in  the  ab- 
soiic  e  of  a  catalyst.  Assuming  that  the  co1  sion  t.u  h  >r  re- 

mains the  same,  by  how  much  must  ,  enzyme  lower 
the  activation  energy  ot  the  reac  tion  11 1  order  to  achieve 
a  I   ■   It) '-fold  increase  in  the  reaction  rate? 
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Additional  Exercises 

14.81  Hydrogen  sulfide  (H2S)  is  a  common  and  troublesome 
pollutant  in  industrial  wastewaters.  One  way  to  remove 
H2S  is  to  treat  the  water  with  chlorine,  in  which  case  the 
following  reaction  occurs: 

H2S(aq)  +  C\2(aq)   ►  S(s)  I  2  H  *  (aq)  +  2  CI  (acj) 
The  rate  of  this  reaction  is  first  order  in  each  reactant. 

The  rate  constant  for  the  disappearance  of  H2S  at  2<s  (  1^ 

3.5  X  10  A4  1  s-1.  If  at  a  given  time  the  concentration 
of  H2S  is  2.0  x  10  4  M  and  that  of  Cl2  is  0.050  M,  what  is 
the  rate  of  formation  of  CP? 

14.82  The  reaction  2  NO(g)  +  02(g)   ►  2  NOz(g)  is  second 
order  in  NO  and  first  order  in  02.  When 

[NO]  =  0.040  M  and  [02]  =  0.035  M,  the  observ  ed  rate 

of  disappearance  of  NO  is  9.3  ■  10  5  M/s.  (a)  What  is 
the  rate  of  disappearance  of  02  at  this  moment? 
(b)  What  is  the  value  of  the  rate  constant?  (c)  What  are 

the  units  of  the  rate  constant?  (d)  What  would  happen 
to  the  rate  if  the  concentration  of  NO  were  increased  by 
a  factor  of  1.8? 

14.83  For  the  reaction  of  iodide  ion  with  hypochlorite  ion, 

1  (aq)  +  OCI  {aq)   >  OI  (aq)  +  CI  (aq),  the  reaction 
is  found  to  be  first  order  each  in  iodide  and  hypochlorite 
ions,  and  inversely  proportional  to  the  concentration  of 
hydroxide  ion  present  in  the  solution,  (a)  Write  the  rate 
law  for  the  reaction,  (b)  Bv  what  factor  will  the  rate 

change  if  the  concentration  of  iodide  ion  is  tripled? 
(c)  By  what  factor  will  the  rate  change  if  the  hydroxide 
ion  concentration  is  doubled? 

14.84  Consider  the  following  reaction  between  mercury(II) 
chloride  and  oxalate  ion: 

2  HgfZ\2(aq)  +  C204:  (aq)   > 

2Cl~(aq)  +  2C02(#)  +  Hg2Cl2(s) 

The  initial  rate  of  this  reaction  was  determined  for  sev- 

eral concentrations  of  HgCl2  and  C204~  ,  and  the  fol- 
lowing  rate data  were obtained  for the   rate  of 

disappearance 

of  C2042 ~: Experiment [HgCl2]  (M) 
[C2042-]  (M) 

Rate  (M/s) 

1 0.164 0.15 

3.2  ■  10"5 

: 0.164 0.45 

2.9  x  10  4 3 0.082 0.45 

1.4  x  10  4 4 0.246 0.15 

4.8  x  10^ (a)  What  is  the  rate  law  tor  this  reaction?  (b)  What  is  the 
value  of  the  rate  constant7  (c)  What  is  the  reaction  rate 
when  the  concentration  of  HgCI2  is  0.050  M  and  that  of 

C2042  is  0.10  A/1,  if  the  temperature  is  the  same  as  that 
used  to  obtain  the  data  shown? 

14.85  The  reaction  2  N02   *  2  NO  +  02  has  the  rate  con- 
st,mt  k  0.63  M  1  s  '.  Based  on  the  units  for  C  is  the  re- 

action first  or  second  order  in  N02?  It  the  initial 

concentration  of  N02  is  0.100  M,  how  would  you  deter- 
mine how  long  it  would  take  lor  the  concentration  to  de- 

crease to  0.025  M? 

14.86  (a)  The  decomposition  of  ll202,  1 1 .( )2(aij)   >  H2C)(/)  + 
1  02(x),  is  a  first-order  reaction.  At  a  particular  tempera- 

ture near  room  temperature,  the  rate  constant  equals 

7.0  x  10  4  s  '.Calculate  the  half-life  at  this  temperature, 
(b)  At  415°C,  (CH2)20  decomposes  in  the  gas  phase, 
(CH2)20(x)   »  CH4(x)  +  CO(x).  If  the  reaction  is  first 
order  with  a  half-life  of  56.3  min  at  this  temperature,  cal- 

culate the  rate  constant  in  s  '. 
14.87  Urea  (NH2CONH2)  is  the  end  product  in  protein  metab- 

olism 111  animals.  The  decomposition  of  urea  in  0.1  M 
HC1  occurs  according  to  the  reaction 

NH2CONH2(<?,/)  +  H '(aq)  +  2  H20(/)   » 
2  NH4  '(aq)  +  HCO^  (aq) 

The  reaction  is  first  order  in  urea  and  first  order  overall. 

When  [NH2CONH2]  =  0.200  M,  the  rate  at  6T05°C  is 
8.56  x  10  5  M/s.  (a)  What  is  the  value  for  the  rate  con- 

stant, k?  (b)  What  is  the  concentration  of  urea  in  this  so- 
lution after  4.00  x  10  s  if  the  starting  concentration  is 

0.500  Ml  (c)  What  is  the  half-life  for  this  reaction  at 
61.05C? 

|14.88|  The  rate  of  a  first-order  reaction  is  followed  by  spec- 

troscopy, monitoring  the  absorption  of  a  colored  reac- 
tant. The  reaction  occurs  in  a  1.00-cm  sample  cell,  and 

the  only  colored  species  in  the  reaction  has  a  molar  ab- 

sorptivity constant  of  5.60  x  lO^cirT1  M"1.  (a)  Calcu- late the  initial  concentration  of  the  colored  reactant  if  the 

absorbance  is  0.605  at  the  beginning  of  the  reaction, 
(b)  The  absorbance  falls  to  0.250  within  30.0  min.  Calcu- 

late the  rate  constant  in  units  of  s  .  (c)  Calculate  the 

half-life  of  the  reaction,  (d)  How  long  does  it  take  for  the 
absorbance  to  fall  to  0.100? 

14.89  Cvclopentadiene  (CsHh)  reacts  with  itself  to  form  dicy- 
clopentadiene  (C10H12).  A  0.0400  M  solution  of  CdTh 
was  monitored  as  a  function  of  time  as  the  reaction 

2CsHh   *  C],|H]2  proceeded.  The  following  data 
were  collected: 

Time  (s) 

[C5HJ  <M) 
0.0 0.0400 

50.0 0.0300 
100.0 0.0240 
150.0 0.0200 
200.0 0.0174 

Plot  [C^Hh]  versus  time,  ln[CsHh]  versus  time,  and 

l/tCsH,,]  versus  time.  What  is  the  order  of  the  reaction? 
What  is  the  value  of  the  rate  constant? 

14.90  (a)  Two  reactions  have  identical  values  for  Ea.  Does  this 
ensure  that  they  will  have  the  same  rate  constant  if  run 

at  the  same  temperature?  Explain,  (b)  Two  similar  reac- 
tions have  the  same  rate  constant  at  25°C,  but  at  35°C 

one  of  the  reactions  has  a  higher  rate  constant  than  the 
other.  Account  for  these  observations. 

14.91  The  first-order  rate  constant  for  reaction  of  a  particular 
organic  compound  with  water  varies  with  temperature 
as  follows: 



Exercises 625 

Temperature  (K)  Kate  Constant  (s  ') 
300 

3.2  ■ 

10  11 

320 

1.0  ■ 
10 340 

3.0  • 

10  s 

355 

2.4  • 

10  : 

From  these  data,  calculate  the  activation  energy  in  units 
of  kj/mol. 

14.92  I  he  following  met  nanism  has  been  proposed  lor  the  re- 
action of  NO  with  H2  to  form  N20  and  H20: 

NO(g)  t  NO(<?)   ►  N202(<?) 

N202(g)  l  H2(#)  >  N2C%)  I  H20(£) 

(a)  Show  th.it  the  elementary  reactions  ol  the  pro- 
posed mechanism  add  to  provide  a  balanced  equation 

for  the  reaction,  (b)  Write  a  rate  law  for  each  elemen- 

tary reaction  in  the  mechanism,  (c)  Identify  any  inter- 
mediates in  the  mechanism,  (d)  The  observed  rate  law 

is  rate  =  A"[NO|~| M2|.  II  the  proposed  mechanism  is  cor- 
rect, what  can  we  conclude  about  the  relative  speeds  ol 

the  first  and  second  reactions? 

14.93  Using  Figure  14.20  as  your  basis,  draw  the  energy  pro- 
file tor  the  bromide  ion-catalyzed  decomposition  ol  hy- 

drogen peroxide,  (a)  Label  the  curve  with  the  activation 
energies  for  reactions  [14.30]  and  [14.31].  (b)  Notice 
from  Figure  14.19(b)  that  w  hen  Br  [aq)  is  added  initially, 
Br2  accumulates  to  some  extent  during  the  reaction 
What  does  this  tell  us  about  the  relative  rates  of  reac- 

tions [14.3|l|  and  [14.31]? 

[14.941  The  following  mechanism  has  been  proposed  tor  the 
gas-phase  reac  tion  of  chloroform  (CHCI3)  and  chlorine: 

Stepl:  Cl2(g)  >        »■  2 CIO?)  (fast) 

A  1 

Step  2:  Cl{g)  +  CHCI3Q?)  -        — »  HCl(g)  t-  CC1  (g)  (slow) 

Step  3:     Cl(s)  +  CCl3(g)   5:3  '  CC\4(g)  (fast) 

(a)  What  is  the  overall  reaction7  (b)  What  are  the  inter- 
mediates in  the  mechanism?  (c)  What  is  the  molecularity 

of  each  of  the  elementary  reactions?  (d)  What  is  the  rate- 
determining  step?  (e)  What  is  the  rate  law  predicted  bv 

this  mechanism?  [Hint:  The  overall  reaction  order  is  not an  integer.] 

114.951  In  a  hydrocarbon  solution,  the  gold  compound 

(C  1 1  ,)  ;.\ul'H  ;  decomposes  into  ethane  (C2H6)  and  a 
different  gold  compound,  (CHiJAuPH^.  I  he  following 
mec  hanism  has  been  proposed  for  the  decomposition  ol 
(CH^AuPHv 

Stepl:      (C1 1  ,) '.AnTI  I ;  ̂ ===±  (CM  ;);Au  t-  PH3  (last) 

Step  2:  (CH3)3Au  *  C:Hh  +  (CH3)Au  (slow) 

Step  3:  (CJ  I  ;lAu  •  PH-,  2  ►  (CH3)AuPH-,  (fast) 

(a)  What  is  (he  overall  reaction1  (b)  What  are  the  inter- 
mediates in  the  mechanism1  (c)  What  is  the  moleculari- 

ty of  each  of  the  elementar\  steps1  (d)  What  is  the 
rate-determining  step1  (e)  What  is  the  rate  law  predict- 

ed by  this  mechanism?  (f)  What  would  be  the  effect  on 

the  reaction  rate  of  adding  I'll,  to  the  solution  ol 
(CI  I  ,hAuPFh? 

14.96  One  of  the  many  remarkable  en/vmes  in  the  human 
body  is  carbonic  anhydrase,  w  hich  catalyzes  the  inter- 
conversion  of  carbonic  acid  with  carbon  dioxide  and 

water.  It  it  were  not  for  this  enzyme,  the  bod)  could  not 
rid  itself  rapidly  enough  of  the  C02  accumulated  by  cell 
metabolism.  The  enzyme  catalyzes  the  dehydration  (re- 

lease to  air)  ol  up  to  10'  C02  molecules  per  second. 
Which  components  ol  Ibis  description  correspond  to  the 
terms  enzi/iiw,  substrate,  and  turnover  number? 

14.97  I  he  enzyme  iiwertase  catalyzes  the  conversion  of  su- 
crose, a  disaccharide,  to  invert  sugar,  a  mixture  of  glu- 

cose and  fructose.  When  the  concentration  of  invertase 

is  4.2  ■  10  '  Al  and  the  concentration  ol  sucrose  is 
0.0077  Al,  invert  sugar  is  formed  at  the  rate  ol 

1.5  x  10  1  A4/s.  When  the  sucrose  concentration  is  dou- 
bled, the  rate  of  formation  of  invert  sugar  is  doubled 

also,  (a)  Assuming  tli.it  the  enzyme-substrate  model  is 
operative,  is  the  Irac  lion  of  enz\  me  tied  up  .is  a  <  omplex 

large  or  small1  I  xplain.  (b)  .Addition  of  inositol,  anothei 
sugar,  decreases  the  rate  of  formation  of  invert  sugar. 

Suggest  a  mechanism  by  w  hie  li  this  occ  urs. 

Integrative  Exercises 

14.98  Dinitrogen  pentoxide  (N2O0  decomposes  in  chloroform 
as  a  solv  ent  to  vield  NO?  and  02.  The  decomposition  is 

first  order  with  a  rate  constant  at  4^  C  of  1.0  ■  10  1  s_l. 
Calculate  the  partial  pressure  of  02  produced  from 
LOO  L  of  0.600  Al  N2Os  solution  at  43  C  ov  er  a  period  ol 
20.0  h  if  the  gas  is  collected  in  a  10.0-1.  container.  (As- 

sume that  the  products  do  not  dissolve  in  chloroform.) 
[14.99]  The  reaction  between  ethyl  iodide  and  hydroxide  ion  in 

ethanol  (C2H=iOH)  solution,  C2HsI(fl/c)  +  OH  {ale)   ► 
C2H=;OH(/)  +  1  (ale),  has  an  activation  energy  of 

86.8  kj/mol  and  a  frequency  factor  of  2. 10  ■  I0n  M  1  s_1. 

(a)  Predict  the  rate  constant  lor  the  rc.ic  tion  al  ̂ 5  (  (b)  A 
solution  of  K(.  )l  I  in  ethanol  is  made  up  bv  dissolving 

0.335  g  K(  >l  I  in  ethanol  to  form  250.0  ml  ol  solution.  Simi- 
larly, 1.453  g  of  C  A I )  -  i  is  dissolved  111  ethanol  to  form 

250.0  ml  of  solution.  Equal  volumes  of  the  two  solutions 
are  mixed.  .Assuming  the  reaction  is  first  order  111  eat  h  re- 
actant,  what  is  the  initial  rate  at  33  C?  (c)  Which  reagent  in 
the  reaction  is  limiting,  assuming  the  reaction  proceeds  to 

completion1 14.100  Zinc  metal  dissolves  in  hydrochloric  acid  according  to 
Ihe  reaction 

Zn(s)  +  2HCI(<!i/)          ZnCI2(rt«7)  '  H2(x) 
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Suppose  you  are  asked  to  study  the  kinetics  of  this  reac- 
tion by  monitoring  the  rati-  of  production  of  H2(x). 

(a)  By  using  a  reaction  flask,  a  manometer,  and  any 
other  common  laboratory  equipment,  design  an  experi- 

mental apparatus  that  would  allow  you  to  monitor  the 

partial  pressure  of  H2(>s')  produced  as  a  function  of  time. 
(b)  Explain  how  you  would  use  the  apparatus  to  deter- 

mine the  rate  law  of  the  reaction,  (c)  Explain  how  you 
would  use  the  apparatus  to  determine  the  reaction  order 

for  [H+]  for  the  reaction,  (d)  How  could  you  use  the  ap- 
paratus to  determine  the  activation  energy  of  the  reac- 

tion? (e)  Explain  how  you  would  use  the  apparatus  to 
determine  the  effects  of  changing  the  form  of  Zn(s)  from 
metal  strips  to  granules. 

14.101  The  gas-phase  reaction  of  NO  with  F2  to  form  NOF  and 
F  has  an  activation  energy  of  £„  =  6.3  kj/mol  and  a  fre- 

quency factor  of  A  =  6.0  ■  1 0s  M  1  s  1 .  The  reaction  is believed  to  be  bimolecular: 

NO(g)  +  F2(X)   •  NOF(x)  +  F(X) 

(a)  Calculate  the  rate  constant  at  100  C.  (b)  Draw  the 
Lewis  structures  for  the  NO  and  the  NOF  molecules, 
given  that  the  chemical  formula  for  NOF  is  misleading 
because  the  nitrogen  atom  is  actually  the  central  atom  in 
the  molecule,  (c)  Predict  the  structure  for  the  NOF  mole- 

cule, (d)  Draw  a  possible  transition  state  for  the  forma- 
tion of  NOF,  using  dashed  lines  to  indicate  the  weak 

bonds  that  are  beginning  to  form,  (e)  Suggest  a  reason 
for  the  low  activation  energy  for  the  reaction. 

14.102  The  mechanism  for  the  oxidation  of  HBr  by  02  to  form 
2  H20  and  Br2  is  shown  in  Exercise  14.68.  (a)  Calculate 
the  overall  standard  enthalpy  change  for  the  reaction 
process,  (b)  HBr  does  not  react  with  02  at  a  measurable 
rate  at  room  temperature  under  ordinary  conditions. 
What  can  you  infer  from  this  about  the  magnitude  of  the 

activation    energy    for    the    rate-determining  step? 
(c)  Draw  a  plausible  Lewis  structure  for  the  intermedi- 

ate HOOBr.  To  what  familiar  compound  of  hydrogen 
and  oxygen  does  it  appear  similar? 

14.103  Enzymes,  the  catalysts  of  biological  systems,  are  high 
molecular  weight  protein  materials.  The  active  site  of 
the  enzyme  is  formed  by  the  three-dimensional 
arrangement  of  the  protein  in  solution.  When  heated 
in  solution,  proteins  undergo  denaturation,  a  process 

in  which  the  three-dimensional  structure  of  the  pro- 
tein unravels  o  .it  least  partly  does  so.  The  accompa- 

nying graph  shov  s  the  v  ariation  with  temperature  of 
the  activity  of  a  typical  enzyme.  The  activity  increases 
with  temperature  to  i  point  above  the  usual  operating 

region  for  the  enzym  then  declines  rapidly  with  fur- 
ther temperature  inert  ses.  What  role  does  denatura- 
tion play  in  determining  the  shape  of  this  curve?  How 

does  your  explanation  fit  in  with  the  lock-and-key 
model  of  enzyme  action? 

0  50  100 
Temperature  (  C) 

114.1041  Metals  often  form  several  cations  with  different  charges. 

Cerium,  for  example,  forms  Ce1'  and  Ce4'  ions,  and 
thallium  forms  Tl '  and  Tl  ions.  Cerium  and  thallium 
ions  react  as  follows: 

2  Ce4  (aq)  +  Tlv  (,;</)   •  2Cev(^)  +  TlvOy) 

This  reaction  is  very  slow  and  is  thought  to  occur  in  a  sin- 
gle elementary  step.  The  reaction  is  catalyzed  by  the  addi- 

tion of  Mn   (aq),  according  to  the  following  mechanism: 

Ce4"^)  +  Mirdh/)   -  Ce^'(nq)  +  Mnv(m|) 

Ce4"(rtij)  +  Mnv(m|)   ►  Ce^'(aq)  +  Mn4'0?) 

Mn4*(,h?)  +  Tl+(aq)   »  Mir'fd,/)  +  T^'(aq) 

(a)  Write  the  rate  law  for  the  uncatalyzed  reaction. 
(b)  What  is  unusual  about  the  uncatalyzed  reaction? 

Why  might  it  be  a  slow  reaction?  (c)  The  rate  for  the  cat- 

alyzed reaction  is  first  order  in  [Ce  *]  and  first  order  in 
[Mir'|.  Based  on  this  rate  law,  which  of  the  steps  in  the 
catalyzed  mechanism  is  rate  determining?  (d)  Use  the 

available  oxidation  states  of  Mn  to  comment  on  its  spe- 
cial suitability  to  catalyze  this  reaction. 

114.105]  The  rates  of  many  atmospheric  reactions  are  accelerated 

by  the  absorption  of  light  by  one  of  the  reactants.  For  ex- 
ample, consider  the  reaction  between  methane  and  chlo- 

rine to  produce  methyl  chloride  and  hydrogen  chloride: 

Reaction  1:    CH4(x)  +  C\(g)   »  CH3C1(^)  +  HC\(g) 

This  reaction  is  very  slow  in  the  absence  of  light.  How- 
ever, CUttf)  can  absorb  light  to  form  CI  atoms: 

Reaction  2:    Cl2(g)  +  hv   »  2  C\(g) 

Once  the  CI  atoms  are  generated,  they  can  catalyze  the 

reaction  of  CH4  and  Cl2,  according  to  the  following  pro- 

posed mechanism: 
Reaction  3:       CH4(x)  +  Cl(g)   '  CH3(^)  +  Y\C\(g) 

Reaction  4:       CH^g)  +  Cl2(g)   >  CH3C1(£)  +  C\(g) 
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The  enthalpy  changes  and  activation  energies  for  these 
two  reactions  are  tabulated  as  follows: 

Reaction Af/rxn  (kj/mol) /„  (kj/mol) 
3 

+4 
17 

4 

-109 
4 

(a)  By  using  the  bond  enthalpy  for  t  I .  (Table  8.4),  deter- 
mine the  longest  wavelength  ol  light  that  is  energetic 

enough  to  cause  reaction  2  to  0C(  nr.  In  which  portion  of 
the  electromagnetic  spectrum  is  this  light  found?  (b)  B) 
using  the  data  tabulated  here,  sketi  h  a  quantitative 

energv  profile  tor  the  catalyzed  reaction  represented  hv 
reactions  3  and  4.  (c)  By  using  bond  enthalpies,  estimate 
where  the  reactants,  CH4(£)  +  Cl:(v;),  should  be  placed 
on  your  diagram  in  part  (b).  Use  this  result  to  estimate 
the  value  of  E„  tor  the  reaction  CH4(g)  +  C\2($)   ► 
Cll  ,(x)  •  HCl(tf)  I  Cl(g).  (d)  The  species  C\($)  and 
CH-i(y)  in  reactions  3  and  4  are  radicals,  atoms,  or  mole- 

cules with  unpaired  electrons.  Draw  a  Lew  is  structure 
of  CI  I  j,  and  verify  that  it  is  a  radical,  (e)  The  sequence 

of  reactions  3  and  4  comprise  a  radical  chain  mecha- 

nism. Why  do  you  think  this  is  called  a  "chain  reac- 
tion"!' Propose  a  reaction  that  will  terminate  the  chain 

reaction. 

e  M  EDI  A  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  comes  in  your  MediaPak. 

14.106  The  Rates  of  Reaction  activity  (74.3)  allows  you  to  ad- 
just activation  energy,  overall  energy  change,  tempera- 

ture, and  starting  concentration  of  a  reactant  to  assess 
the  effect  of  each  v  ariable  on  initial  reaction  rate,  (a)  If 
you  want  to  determine  the  rate  law  for  the  reaction 
using  a  series  of  experiments,  which  variable(s)  must 
you  vary,  which  variable(s)  should  you  not  vary,  and  for 
which  variable(s)  does  it  not  make  any  difference? 
(b)  Determine  the  rate  law  for  the  reaction.  What  is  the 
overall  order  of  the  reaction?  (c)  Determine  the  value  of 
the  rate  constant. 

14.107  (a)  Using  data  from  the  Rates  of  Reaction  activity  ( 14.3), 
select  a  temperature  (T|)  and  an  activation  energy  (/,) 
and  determine  the  value  of  the  rate  constant  (A|). 
(b)  Using  the  (Efl)  and  (T\)  from  part  (a),  predict  the 
value  of  the  rate  constant  (k2)  at  a  higher  temperature, 

T2  =  2  T| .  (c)  Again  using  E„  from  part  (a)  and  the  tem- 
perature from  either  part  (a)  or  part  (b),  predict  the 

value  of  the  rate  constant  (An)  at  a  temperature  (T3)  that 
is  lower  than  T| .  Use  the  simulation  to  check  your  an- 

swers for  parts  (a),  (b),  and  (c). 
14.108  The  First-Order  Process  animation  (24.4)  illustrates  the 

change  in  concentration  over  time  for  a  process  tli.it  is 

first  order  overall,  (a)  Determine  the  rate  constant  tor 

the  process  show  n  (b)  Assuming  that  the  first-order 
process  is  a  chemical  reaction,  w  hat  would  normally 

happen  to  the  value  of  the  half-lite  if  the  temperature 
were  increased?  (c)  Many  enzyme-catalyzed  reactions 
are  first  order  in  the  concentration  of  substrate.  1  lowev- 

er,  increasing  the  temperature  dot's  not  always  increase 

the  rate.  Why  might  this  be  so1 
14.109  Using  the  numerical  v  alue  of  the  rate  constant  you  cal- 

culated for  the  reaction  in  the  prev  ious  question  and 

using  the  some  "unit"  concentration  as  in  the  First- 
Order  Process  animation  1/4.4),  generate  a  curve  tor  a 
second-order  reaction  with  Equation  14.16.  Reproduce 
the  first-order  curve,  superimpose  the  second-order 
curve  onto  it,  and  compare  them.  What  can  you  sav 
about  the  relative  rates  of  disappearance  of  the  starting 
material  initially  and  after  a  significant  period  of  time 

has  passed1 
14.110  In  Exercise  14.75,  v  on  explained  why  the  combination  of 

ethylene  and  l>>  in  the  presence  of  a  catalyst  predomi- 
nantly produces  CHiD  ODD.  A  small  amount  of 

product  has  more  than  one  D  hound  to  a  carbon,  as  in 
CEUD^CHD;.  After  watching  the  Surface  Reaction- 
Hydrogenation  animation  (14.7),  propose  a  mechanism 
by  which  a  product  with  more  than  one  D  per  carbon 
atom  could  arise. 
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15.1  The  Concept  of  Equilibrium 

15.2  The  Equilibrium  Constant 

15.3  Interpreting  and  Working 
with  Equilibrium  Constants 

15.4  Heterogeneous  Equilibria 

15.5  Calculating  Equilibrium 
Constants 

15.6  Applications  of  Equilibrium 
Constants 

15.7  Le  Chatelier's  Principle 

WHAT'S  AHEAD 

•  Wo  begin  by  examining  the  com  ept 
of  equilibrium.  (Section  15.1) 

•  We  then  define  the  equilibrium 
constant  and  learn  how  to  write 

equilibrium-constant  expressions  for 
homogeneous  reactions. 
(Section  15.2) 

•  We  also  learn  how  to  interpret  the 
magnitude  of  an  equilibrium 
constant  and  how  to  determine  the 

way  in  which  its  value  is  affected 
when  the  equation  is  rev  ersed  or 
changed  in  some  other  fashion. 
(Section  15.3) 

•  We  then  learn  how  to  write 

equilibriu  m-constant 
expressions 
for  heterogeneous 
reactions. 
(Section  15.4) 

•  The  value  of  an 

equilibrium  constant  can  be 
calculated  using 

equilibrium concentrations  of 
reactants  and 

products.  (Section  15.5) 

•  Equilibrium  constants 
can  be  used 

to  predict  the  equilibrium 
concentrations  of  reactants 

and  products  and  to 
determine  the  direction  in 

which  a  reaction  must  proceed  in 
order  to  achieve  equilibrium. 
(Section  15.6) 

•  The  chapter  concludes  with  a 

discussion  of  Le  Chatelier's  principle, 
which  predicts  how  a  system  at 
equilibrium  responds  to  changes  in 
concentration,  volume,  pressure,  and 

temperature.  (Section  15.7) 



Chemical  Equilibrium 

TO  BE  IN  EQUILIBRIUM  IS  TO  BE  IN  A  STATE  OF  BALANCE.  A  tug  of 

war  in  which  the  two  sides  are  pulling  with  equal 

force  so  that  the  rope  doesn't  move  is  an  example 
of  a  static  equilibrium,  one  in  which  an  object 

is  at  rest.  Equilibria  can  also  be  dynamic,  as 

illustrated  in  the  chapter-opening  photograph,  which  shows  cars 
traveling  in  hoth  directions  oxer  a  bridge  that  serves  as  an  en- 
tranceway  to  a  city.  It  the  rate  at  which  cars  leave  the  city  equals 
the  rate  at  which  they  enter,  the  two  opposing  processes  are  in 
balance  and  the  net  number  of  cars  in  the  city  is  constant. 

We  have  already  encountered  several  instances  of  dy- 
namic equilibrium.  For  example,  the  vapor  above  a  liquid  is 

in  equilibrium  with  the  liquid  phase. 
The  rate  at  which  molecules  escape  from  the  liquid  into 

the  gas  phase  equals  the  rate  at  which  molecules  in  the 
gas  phase  strike  the  surface  ami  become  part  of  the 
liquid.  Similarly,  in  a  saturated  solution  of  sodium 

he  solid  sodium  chloride  is  in  equili- 
with    the    ions    dispersed    in  water. 
\  lion  I  he  rate  at  which  ions  leave 

olid  surface  equals  the  rate  at  which 
•r  ions  are  removed  from  the  liquid  to 

come  part  of  the  solid,  both  of  these  e\- 
imples    involve   a    pair   ol  opposing 

processes.  At  equilibrium  these  oppos- 
ing processes  are  occurring  at  the 

line  rate. 

In  this  chapter  we  will  consid- 
er vet  another  type  ol  dynamic 
lilibrium,     one  involving 
lemical  reactions.  Chemical 

equilibrium  occurs  when  op- 

posing reactions  arc  proceed- 
ing nl  equal  rates:  The  rate 

at  which  the  products 
are  formed   from  the 

TRAFFIC  ENTERING  AND  LEAVING  San  Francisco  over  the  Bay  Bridge  at  night. 
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reactants  equals  the  rate  at  which  the  reactants  are  formed  from  the  products. 
As  a  result,  concentrations  cease  to  change,  making  it  appear  as  if  the  reaction 
has  stopped.  When  chemical  reactions  occur  in  closed  systems,  the  reactions 

w  ill  sooner  or  later  reach  an  equilibrium  state — a  mixture  in  which  the  concen- 
trations of  reactants  and  products  no  longer  change  with  time.  Consequently, 

closed  systems  will  always  be  either  at  equilibrium  or  approaching  equilibri- 
um. How  fast  a  reaction  reaches  equilibrium  is  a  matter  of  kinetics. 
Chemical  equilibria  are  involved  in  a  great  many  natural  phenomena,  and 

they  also  play  important  roles  in  manv  industrial  processes.  In  this  and  the  next 
two  chapters,  we  will  explore  chemical  equilibrium  in  some  detail.  Here  we 
will  learn  how  to  express  the  equilibrium  position  of  a  reaction  in  quantitative 
terms,  and  we  will  study  the  factors  that  determine  the  relative  concentrations 
of  reactants  and  products  in  equilibrium  mixtures. 

15.1  I  The  Concept  of  Equilibrium 

Figure  15.1  ►  shows  a  sample  of  solid  N2O4,  a  colorless  substance,  inside  a 
sealed  tube  resting  in  a  beaker.  When  this  solid  is  warmed  until  the  substance  is 

above  its  boiling  point  (21.2°C),  the  gas  in  the  sealed  tube  turns  progressively 
darker  as  the  colorless  N2O4  gas  dissociates  into  brown  NO2  gas.  Eventually, 

even  though  there  is  still  N2O4  in  the  tube,  the  color  stops  getting  darker  be- 
cause the  system  reaches  equilibrium.  We  are  left  with  an  equilibrium  mixture  of 

N2O4  and  NO2  in  which  the  concentrations  of  the  gases  no  longer  change  as 
time  passes.  The  equilibrium  mixture  results  because  the  reaction  is  reversible. 
Not  only  can  N2O4  react  to  form  NO2,  but  NO2  can  also  react  to  form  N2O4. 

This  situation  is  represented  by  writing  the  equation  for  the  reaction  with  a 
double  arrow: 

N204(g)  ̂   2  N02(g)  [15.1] 
Colorless  Broun 

We  can  analyze  this  equilibrium  using  our  knowledge  of  kinetics.  Let's  call 
the  decomposition  of  N2O4  to  form  NO2  the  forward  reaction  and  the  reaction 

of  NO2  to  re-form  N204  the  reverse  reaction.  In  this  case  both  the  forward  reac- 
tion and  the  reverse  reaction  are  elementary  reactions.  As  we  learned  in  Section 

14.6,  the  rate  laws  for  elementary  reactions  can  be  written  from  their  chemical 

equations: 

Forward  reaction:     N204(g)  ►  2N02(g)      Rate/  =  kf[N204]  [15.2] 

Reverse  reaction:     2N02(g)  ►  N204(g)         Rate,  =  fc,[N02]2  [15.3] 

where  kt  and  kr  are  the  rate  constants  for  the  forward  and  reverse  reactions,  re- 

spectively At  equilibrium  the  rate  at  which  products  are  produced  from  reac- 
tants equals  the  rate  at  which  reactants  are  produced  from  products: 

MN2O4]  =  MNO:]2  [15.4] Forward  reaction      Rev  erse  reaction 

Rearranging  this  equation  gives 

[NQ2]2  _  kf 

[N2O4]       "  ky 

a  constant  [15.5] 

As  shown  in  Equation  15.5,  the  quotient  of  two  constants,  such  as  kt  and  kr,  is 

itself  a  constant.  Thus,  at  equilibrium  the  ratio  of  the  concentration  terms  in- 
volving N204  and  NQ2  equals  a  constant.  (We  will  consider  this  constant, 

called  the  equilibrium  constant,  in  Section  15.2.)  It  makes  no  difference  whether 
we  start  with  N:04  or  with  N02,  or  even  with  some  mixture  of  the  two. 
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ESTABLISHING  EQUILIBRIUM 

The  condition  in  which  the  concentrations  of  all  readmits  and  products  in  a  closed  system  cease 

to  change  with  time  is  called  chemical  equilibrium. 

N204(s) 

Frozen  NNO|  is  nearly  colorles 

N204(X) 

N02(g) 
N204(g) 

N02{g) 

As  Ni04  is  warmed  above  its 

boiling  point,  it  st.irts  to dissociate  into  brown  N02gas 

I  ventuall)  the  color  stops  changing 

.is  N..O,(v).ind  \Oi-l  reach 
concentrations  .11  which  they  are 
intercom  erting  .it  the  same  rate 
I  hi-  two  g.isi's  ,11c  m  equilibrium 

▲  Figure  15.1    The  Nj04(j)  ~    -  2  N02(g)  equilibrium. 

At  equilibrium  the  ratio  equals  a  specific  value.  Thus,  there  is  an  important  con- 
straint on  the  proportions  of  N204  and  NO 2  at  equilibrium. 

Once  equilibrium  is  established,  the  concentrations  of  N204  and  NGS  no 
longer  change,  as  shown  in  Figure  15.2  ►.  Just  because  the  composition  of  the 
equilibrium  mixture  remains  constant  with  time  does  not  mean,  however,  that 

N2O4  and  NOt  stop  reacting.  On  the  contrary,  the  equilibrium  is  dynamic- 
some  N2O4  is  still  converting  to  N02,  and  some  N02  is  still  converting  to 
N2O4.  At  equilibrium,  however,  the  two  processes  occur  at  the  same  rate,  and 
so  there  is  no  net  change  in  their  amounts.  activity 

We  learn  several  important  lessons  about  equilibrium  from  this  example.  First,  '  /  Lherrncal  Equilibrium 
the  fact  that  a  mixture  of  reactants  and  products  is  formed  in  which  concentrations 

no  longer  change  with  time  indicates  that  the  reaction  has  reached  a  state  of  equi- 

librium. Second,  for  equilibrium  to  occur,  neither  reactants  nor  products  can  es- 
cape from  the  system.  Third,  at  equilibrium  the  particular  ratio  of  concentration 

terms  equals  a  constant.  It  is  this  third  fact  that  we  examine  in  the  next  section. 
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o 
U 

NO, 

N204 

Equilibrium achieved 

Time  - 
(a) 

Equilibrium achieved 
(rates  are  equal) 

Time   *~ 
(b) 

A  Figure  15.2  Achieving  chemical 
equilibrium  for  N204(ff)  — -  2  N02(</). 
(a)  The  concentration  of  N204  decreases  while 
the  concentration  of  N02  increases  during  the 
course  of  the  reaction.  Equilibrium  is  indicated 
when  the  concentrations  no  longer  change  with 
time,  (b)  The  rate  of  disappearance  of  N204 
decreases  with  time  as  the  concentration  of  N204 
decreases.  At  the  same  time,  the  rate  of  formation 
of  N02  also  decreases  with  time.  Equilibrium 
occurs  when  these  two  rates  are  equal. 

9 GIVE  IT  SOME  THOUGHT 

(a)  Which  quantities  are  equal  in  a  dynamic  equilibrium?  (b)  If  the  rate  constant  for 
the  forward  reaction  in  Equation  15.1  is  larger  than  the  rate  constant  for  the  reverse 
reaction,  will  the  constant  in  Equation  15.5  be  greater  than  1  or  smaller  than  1? 

15.2  I  The  Equilibrium  Constant 

Opposing  reactions  naturally  lead  to  an  equilibrium,  regardless  of  how  compli- 
cated the  reaction  might  be  and  regardless  of  the  nature  of  the  kinetic  processes 

for  the  forward  and  rev  erse  reactions.  Consider  the  synthesis  of  ammonia  from 

nitrogen  and  hydrogen: 

N2(g)  +  3  H2(g) 

2NH3Q?) 

[15.6] 

This  reaction  is  the  basis  for  the  Haber  process,  which,  in  the  presence  of  a  cata- 
lyst, combines  N2  and  H2  at  a  pressure  of  sev  eral  hundred  atmospheres  and  a 

temperature  of  several  hundred  degrees  Celsius.  The  two  gases  react  to  form 
ammonia  under  these  conditions,  but  the  reaction  does  not  lead  to  complete 
consumption  of  the  N2  and  H2.  Rather,  at  some  point  the  reaction  appears  to 
stop,  with  all  three  components  of  the  reaction  mixture  present  at  the  same  time. 

The  manner  in  which  the  concentrations  of  H2,  N2,  and  NH3  vary  with 

time  is  shown  in  Figure  15.3(a)  ▼.  Notice  that  an  equilibrium  mixture  is  ob- 
tained regardless  of  whether  we  begin  with  N2  and  H2  or  only  with  NH3.  At 

equilibrium  the  relative  concentrations  of  H2,  N2,  and  NH3  are  the  same,  re- 
gardless of  whether  the  starting  mixture  was  a  3 : 1  molar  ratio  of  H2  and  N2  or 

pure  Nhh.  The  equilibrium  condition  can  be  reached  from  either  direction. 

Q    GIVE  IT  SOME  THOUGHT 

How  do  we  know  when  equilibrium  has  been  reached  in  a  chemical  reaction? 

Earlier,  we  saw  that  when  the  reaction  NiO^) 
2N02(£)  reaches 

equilibrium,  a  ratio  based  on  the  equilibrium  concentrations  of  N204  and  N02 

has  a  constant  value  (Equation  15.5).  A  similar  relationship  governs  the  concen- 
trations of  N2,  H2,  and  NH-.  at  equilibrium.  If  we  were  to  systematically 

change  the  relative  amounts  of  the  three  gases  in  the  starting  mixture  and  then 
analyze  each  equilibrium  mixture,  we  could  determine  the  relationship  among 

the  equilibrium  concentrations. 
Chemists  carried  out  studies  of  this  kind  on  other  chemical  systems  in  the 

nineteenth  century,  before  Haber's  work.  In  1864,  Cato  Maximilian  Guldberg 
(1836-1902)  and  Peter  Waage  (1833-1900)  postulated  their  law  of  mass  action, 
which  expresses,  for  any  reaction,  the  relationship  between  the  concentrations 
of  the  reactants  and  products  present  at  equilibrium.  Suppose  we  have  the 

►  Figure  15.3   Concentration  changes 
approaching  equilibrium,  (a)  Equilibrium  for 
the  reaction  N2  ̂   3  H2  ̂ =  2  NH5  is 
approached  beginning  with  H2  and  N2  present  in 
the  ratio  3 : 1  and  no  NH;  present, 
(b)  Equilibrium  for  the  same  reaction  is 
approached  beginning  with  only  NH5  in  the 
reaction  vessel. 

Equilibrium  achieved 

Time 

(.1) Time  

(b) 
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CHEMISTRY  AT  WORK  I  The  Haber  Process 

We  presented  a  "Chemistry  and  1  ife"  box  in  Section  14.7 
that  discussed  nitrogen  fixation,  the  processes  that  con- 

vert N't  gas  into  ammonia,  which  can  then  be  incorporated 
into  living  organisms.  We  learned  t hd t  the  enzyme  nitrogenase 

is  responsible  for  generating  most  oi  the  fixed  nitrogen  essen- 
tial for  plant  growth.  However,  the  quantity  ol  food  required 

to  feed  the  ever-increasing  human  population  far  exceeds  that 
provided  by  nitrogen-fixing  plants,  so  hum, in  agriculture  re- 

quires substantial  amounts  of  ammonia-based  fertilizers  that 
can  be  applied  directly  to  croplands.  I  hus,  of  all  the  chemical 
reactions  that  humans  have  learned  to  carry  out  and  control 

for  their  own  purposes,  the  synthesis  ol  ammonia  from  hydro- 
gen and  atmospheric  nitrogen  is  one  ol  the  most  important. 
In  1912  the  German  chemist  Fritz  Haber  (1868T1934)  de- 

veloped a  process  for  synthesizing  ammonia  directly  from  ni- 
trogen and  hydrogen  (Figure  15.4  ▼).  the  process  is 

sometimes  called  the  Hnber  Bosch  process  to  also  honor  Karl 

Bosch,  the  engineer  who  developed  the  equipment  for  the  in- 
dustrial production  of  ammonia.  I  he  engineering  needed  to 

implement  the  Haber  process  requires  the  use  of  temperatures 
and  pressures  (approximately  500  C  and  200  atm)  that  were 
difficult  to  achieve  at  that  time. 

The  Haber  process  prov  ides  a  historically  interesting  ex- 
ample of  the  complex  impact  of  chemistry  on  our  lives.  At  the 

start  of  World  War  [,  in  1914,  ( icrmanv  depended  on  nitrate  tie- 
posits  in  Chile  for  the  nitrogen-containing  compounds  needed 
to  manufacture  explosives.  During  the  war  the  Allied  naval 

H  H 

H  H 

H  H 

A  Figure  15.4  The  Haber  process.  Used  to  convert  U2(g)  and  H2(<?)  to 
NH3(g),  this  process,  although  exothermic,  requires  breaking  the  very  strong 
triple  bond  in  N2. 

▲  Figure  15.5   Liquid  ammonia  used  as  fertilizer.  Ammonia, 
produced  by  the  Haber  process,  can  be  added  directly  to  the  soil  as  a  fertilizer. 
Agricultural  use  is  the  largest  single  application  of  manufactured  NH3. 

blockade  of  South  America  cut  oil  this  supply.  I  low  ev  er,  by  fix- 
ing nitrogen  from  air,  Germany  was  able  to  continue  to  produce 

explosives,  lixperts  have  estimated  that  World  War  I  would 
hav  e  ended  before  1918  had  it  not  been  tor  the  1  laber  process. 

From  these  unhappy  beginnings  as  a  major  factor  in  inter- 

national warfare,  the  I  laber  process  has  become  the  world's 
principal  source  of  fixed  nitrogen.  I  he  same  process  that  pro- 

longed World  War  I  has  enabled  scientists  to  manufacture  fer- 
tilizers that  have  increased  crop  yields,  thereby  saving 

millions  ol  people  from  starvation.  About  40  billion  pounds  ol 
ammonia  are  manufactured  annually  in  the  United  States, 

mostly  by  the  I  laber  process.  I  he  ammonia  can  be  applied  di- 
rectly to  the  soil  as  fertilizer  (Figure  1 5.5  ▲).  It  can  also  be  con- 

verted into  ammonium  salts — tor  example,  ammonium 
sulfate,  (NH^SOj,  or  ammonium  hydrogen  phosphate, 

(NH^l  ll'Oj — which,  in  turn,  are  used  as  fertilizers. 
Haber  was  a  patriotic  c  lerman  who  gave  enthusiastic  sup- 

port to  his  nation's  war  effort.  I  le  served  as  chief  ol  t  iermany's 
Chemical  Warlare  Serv  ice  during  World  War  I  and  developed 
the  use  ol  chlorine  as  ,i  poison-gas  w  eapon.  C  onsequently,  the 
decision  to  award  him  the  Nobel  Prize  for  chemistrv  in  1918 

was  the  subjei  t  ot  considerable  t  ontroversy  and  critic  ism.  I  he 

ultimate  irony,  however,  came  in  1933  w  hen  I  laber  w  as  ex- 
pelled from  Ciermanv  because  he  was  |ewish. 

Related  Exercises:  15.38  and  15.63 

following  general  equilibrium  equation: 

aA  +  bB         dD  +  cE  [15.7] 

where  A,  B,  D,  and  E  are  the  chemical  species  involved  and  a,  I',  i/,  and  c  are 
their  coefficients  in  the  balanced  chemical  equation.  According  to  the  law  of  & 
mass  action,  the  equilibrium  condition  is  expressed  by  the  expression 

|D]''|i;r 
Kt  =  ,  15.8] 

[A]"[Bf 

ACTIVITY 

Equilibrium  Constant 
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We  call  this  relationship  the  equilibrium-constant  expression  (or  merely  the  equi- 
librium expression)  for  the  reaction.  The  constant  Kt ,  which  we  call  the 

equilibrium  constant,  is  the  numerical  value  obtained  when  we  substitute  equi- 
librium concentrations  into  the  equilibrium-constant  expression.  The  subscript  c 

on  the  K  indicates  that  concentrations  expressed  in  molarity  are  used  to  evaluate 
the  constant. 

In  general,  the  numerator  of  the  equilibrium-constant  expression  is  the 
product  of  the  concentrations  of  all  substances  on  the  product  side  of  the  equi- 

librium equation,  each  raised  to  a  power  equal  to  its  coefficient  in  the  balanced 
equation.  The  denominator  is  similarly  derived  from  the  reactant  side  of  the 
equilibrium  equation.  (Remember,  the  convention  is  to  write  the  substances  on 
the  product  side  in  the  numerator  and  the  substances  on  the  reactant  side  in  the 

denominator.)  Thus,  for  the  Haber  process,  N2(x)  L  3  H2(x)  *  2  NH^'),  the 
equilibrium-constant  expression  is 

[NH,]2 

Kc  =  ^-r  [15.9] 

[N2][H2]3 
Note  that  once  we  know  the  balanced  chemical  equation  for  an  equilibrium,  we 

can  write  the  equilibrium-constant  expression  even  if  we  don't  know  the  reac- 
tion mechanism.  The  equilibrium-constant  expression  depends  only  on  the  stoichiom- 

etry  of  the  reaction,  not  on  its  mechanism. 
The  value  of  the  equilibrium  constant  at  any  given  temperature  does  not 

depend  on  the  initial  amounts  of  reactants  and  products.  It  also  does  not  matter 

whether  other  substances  are  present,  as  long  as  they  do  not  react  with  a  reac- 
tant or  a  product.  The  value  of  the  equilibrium  constant  depends  only  on  the 

particular  reaction  and  on  the  temperature. 

■i  SAMPLE  EXERCISE  15.1  |  Writing  Equilibrium-Constant  Expressions 
Write  the  equilibrium  expression  for  Kt  for  the  following  reactions: 

(a)  2  03(g)  =  302(£) 

(b)  2  NOCvj)  +  C\2(g)  =^  2  NOClft) 

(c)  Ag+(<;</)  +  2NH3(aq)         Ag(NH3)2  "(<?</) 
Solution 

Analyze:  We  are  given  three  equations  and  are  asked  to  write  an  equilibrium- 
constant  expression  for  each. 
Plan:  Using  the  law  of  mass  action,  we  write  each  expression  as  a  quotient  having 
the  product  concentration  terms  in  the  numerator  and  the  reactant  concentration 
terms  in  the  denominator.  Each  term  is  raised  to  the  power  of  its  coefficient  in  the  bal- 

anced chemical  equation. 

Solve:  (a)  Kc  =  r,  (b)  Kc  =  :       ,  (c)  Kc  =  r 
[03]2  [NO]2[Cl2]  [Ag*][NH3] 

WM  PRACTICE  EXERCISE 

Write  the  equilibrium-constant  expression,  Kc,  for   (a)  H2(£)  +  I2(£)  •  2Hl{g), 

(b)Cd2+(flt/)  +  4  Br ~(aq)  CdBi42~{aq). 

Answers:  (a)  Kc  =  ;  (b)  Kc 
[H2][I2]'        '      [Cd2+][Br  ]4 

We  can  illustrate  how  the  law  of  mass  action  was  discovered  empirically 

and  demonstrate  that  the  equilibrium  constant  is  independent  of  starting  con- 
centrations by  examining  some  equilibrium  concentrations  for  the  gas-phase 

reaction  between  dinitrogen  tetroxide  and  nitrogen  dioxide: 

[NO,]2 

N204(x)  ̂   2  N02(g)       KL  =  [15.10] 
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TABLE  15.1   Initial  and  Equilibrium  Concentrations  of  N204  and  NQj  in  the  Gas  Phase  at  100°C 

Experiment 

Initial  N204 
Concentration  (M) 

Initial  N02 

Concentration  (M) 
Equilibrium  N2Qi 
Concentration  (M) 

Equilibrium  NO; 
Concentration  (  \/) 

K, 

1 0.0 0.0200 0.00140 0.0172 

0.211 

2 ().() 0.0300 0.002S0 0.0243 
0.21 1 

3 ().() 
0.0400 0.00452 

0.0310 0.213 

4 0.0200 0.0 0.00452 0.0310 
0.213 

Figure  15.1  shows  the  reaction  proceeding  to  equilibrium  starting  with  pure 
N2O4.  Because  NOi  is  a  dark  brown  gas  and  N2O4  is  colorless,  the  amount  of 

NOt  in  the  mixture  can  be  determined  by  measuring  the  intensity  of  the  brown 
color  of  the  gas  mixture. 

We  can  determine  the  numerical  value  for  K,  and  verify  that  it  is  constant 

regardless  of  the  starting  amounts  of  NO2  and  NoO^  bv  performing  experi- 
ments in  which  we  start  with  sev  eral  sealed  tubes  containing  different  concen- 

trations of  NO2  and  N2O4,  as  summarized  in  lable  13.1  ▲  The  tubes  are  kept  at 

100°C  until  no  further  change  in  the  color  of  the  gas  is  noted.  We  then  analyze 
the  mixtures  and  determine  the  equilibrium  concentrations  of  NO 2  and  N2O4, 
as  shown  in  Table  1 5.1 . 

To  evaluate  the  equilibrium  constant,  K,  ,  we  insert  the  equilibrium  concen- 
trations into  the  equilibrium-constant  expression.  For  example,  using  the  Ex- 

periment 1  data,  [N02]     0.0172  M  and  [N204]  -  0.00140  M,  we  find 

[NO2]2  (0.0172)2 

[N204]  ~  0.00140 

0.21 

Proceeding  in  the  same  way,  the  values  of  K,  for  the  other  samples  were 
calculated,  as  listed  in  Table  15.1.  Note  that  the  value  for  K,  is  constant 

(Kc  =  0.212,  within  the  limits  of  experimental  error)  even  though  the  ini- 
tial concentrations  vary.  Furthermore,  the  results  of  Experiment  4  show 

that  equilibrium  can  be  achieved  beginning  with  N204  rather  than  with 

NO2.  That  is,  equilibrium  can  be  approached  from  either  direction. 
Figure  15.6  ►  shows  how  both  Experiments  3  and  4  result  in  the  same 
equilibrium  mixture  even  though  one  begins  with  0.0400  M  NO  2  and  the 
other  with  0.0200  M  N204. 

Notice  that  no  units  are  given  for  the  values  of  K{  either  in  Table  1  3. 1  or 
in  our  calculation  using  the  Experiment  1  data.  It  is  common  practice  to 
write  equilibrium  constants  without  units  for  reasons  that  we  address  later 
in  this  section. 

Z 
/ 

9 GIVE  IT  SOME  THOUGHT 

How  does  the  value  of  Kc  in  Equation  15.10  depend  on  the  starting  concentrations 
of  N02  and  N204? 

Equilibrium  Constants  in  Terms  of  Pressure,  Kp 

When  the  reactants  and  products  in  a  chemical  reaction  are  gases,  we  can  for- 

mulate the  equilibrium-constant  expression  in  terms  of  partial  pressures  in- 
stead of  molar  concentrations.  When  partial  pressures  in  atmospheres  are  used 

in  the  equilibrium-constant  expression,  we  can  denote  the  equilibrium  constant 
as  Kp  (where  the  subscript  p  stands  for  pressure).  For  the  general  reaction  in 
Equation  15.7,  the  expression  for  K,,  is 

(PD)rf(PE)f 

Kp 

(PaT(Pb)1 
[15.11 

ACTIVITY 

NO.,     NjOj  Equilibrium 

0.0400 

0.0300 

0.0200 

0.0100 

perimeni 

xperiment  4 

I  ime  ► 
A  Figure  15.6   Concentration  changes 
approaching  equilibrium.  As  seen  in  Table 
15.1,  the  same  equilibrium  mixture  is  produced 
starting  with  either  1.22  atm  N02  (Experiment  3) 
or  0.612  atm  N>04  (Experiment  4). 
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where  P.\  is  the  partial  pressure  of  A  in  atmospheres,  and  so  forth.  For  example, 
for  N204(x)         2  N02(g)  we  have 

(Pno,)2 

Kp 

GIVE  IT  SOME  THOUGHT 

What  do  the  symbols  Kc  and  Kp  represent? 

For  a  given  reaction,  the  numerical  value  of  K,  is  generally  different  from 

the  numerical  value  of  Kp.  We  must  therefore  take  care  to  indicate,  via  a  sub- 
script c  or  p,  which  of  these  equilibrium  constants  we  are  using.  It  is  possible, 

however,  to  calculate  one  from  the  other  using  the  ideal-gas  equation 
(Section  10.4)  to  convert  between  concentration  (in  molarity,  M)  and  pressure 
(in  atm): 

PV  =  nRT,  so  P  -  y  RT  [15.12] 

Using  the  usual  units,  n/V  has  the  units  of  mol/L,  and  therefore  equals  molari- 
ty, M.  For  substance  A  we  therefore  see  that 

Pa  =  yRT  =  [A]/?T  [15.13] 

When  we  substitute  Equation  15.13  and  like  expressions  for  the  other  gaseous 

components  of  the  reaction  into  the  expression  for  K„  (Equation  15.11),  we  ob- 
tain a  general  expression  relating  Kp  and  Kc: 

Kp  =  Kc(RTf"  [15.14] 
The  quantity  A//  is  the  change  in  the  number  of  moles  of  gas  in  the  chemical 
equation  for  the  reaction.  It  equals  the  sum  of  the  coefficients  of  the  gaseous 
products  minus  the  sum  of  the  coefficients  of  the  gaseous  reactants: 

A/;  =  (moles  of  gaseous  product)  -  (moles  of  gaseous  reactant)  [15.15] 

For  example,  in  the  reaction  N204(^)  *  2  NO^Qc),  there  are  two  moles  of  the 

product  N02  (the  coefficient  in  the  balanced  equation)  and  one  mole  of  the  re- 

actant N2O4.  Therefore,  A/;  =  2  -  1  =  1,  and  Kp  =  KC(RT)  for  this  reaction. 
From  Equation  1 344,  we  see  that  Kp  =  Kc  only  when  the  same  number  of  moles 
of  gas  appear  on  both  sides  of  the  balanced  chemical  equation,  which  means 

that  A//  =  0. 

■i  SAMPLE  EXERCISE  15.2  |  Converting  Between  Kc  and  Kp 
In  the  synthesis  of  ammonia  from  nitrogen  and  hydrogen, 

N2(g)  •  3  H2(g)  2NH3(g) 

Kc  =  9.60  at  300°C.  Calculate  Kf,  for  this  reaction  at  this  temperature. 

Solution 

Analyze:  We  are  given  K(  for  a  reaction  and  asked  to  calculate  Kp. 
Plan:  The  relationship  between  K,  and  K.,  is  given  by  Equation  15.14.  To  apply  that 
equation,  we  must  determine  An  by  comparing  the  number  of  moles  of  product  with 
the  number  of  moles  of  reactants  (Equation  15.15). 

Solve:  There  are  two  moles  of  gaseous  products  (2  NHi)  and  four  moles  of  gaseous  re- 
actants  (1  N2  +  3  H2).  Therefore,  A/;  =  2  -  4  =  -2.  (Remember  that  A  functions  are 
always  based  on  products  minus  reactants.)  The  temperature,  T,  is  273  +  300  =  573  K. 
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The  value  for  the  ideal-gas  constant,  /\,  is  0.0821  L-atm  mol-K.  Using  K(  =  L*.(->0,  we 
therefore  have 

v„  ,  (9.60)  , 
K„  =  KC(RT)     =  (9.60X0.0821   ■  573)  -  =  —  =  4.34  X  10  3 '  (0.0821   ■  573)- 

■  PRACTICE  EXERCISE 

For  the  equilibrium  2S03(g)  2S02(#)  +  02(g),  K,  is  4.08  ■   10  '  at  1000  K. Calculate  the  value  for  K„. 
Answer:  0.335 

Equilibrium  Constants  and  Units 

The  equilibrium  constant  is  related  not  only  to  the  kinetics  of  a  reaction  but  also 
to  the  thermodynamics  of  the  process.  (We  will  explore  this  latter  connection  in 

Chapter  19.)  Equilibrium  constants  derived  from  thermodynamic  measure- 
ments are  defined  in  terms  of  activities  rather  than  concentrations  or  partial 

pressures.  A  full  discussion  ot  activities  is  beyond  the  scope  of  this  book,  but  it 
is  useful  to  explore  them  very  briefly  to  understand  why  equilibrium  constants 
are  usually  reported  without  units. 

The  activity  of  any  substance  in  an  ideal  mixture  is  the  ratio  of  the  concen- 
tration of  the  substance  in  molarity  to  a  standard  concentration  of  1  M  or,  if  the 

substance  is  a  gas,  the  ratio  of  the  partial  pressure  in  atmospheres  to  a  standard 

pressure  of  1  arm.  For  example,  if  the  concentration  of  a  substance  in  an  equilib- 
rium mixture  is  0.10  M,  its  activity  is  0.10  M/l  A/1  =  0.10.  The  units  of  such  ra- 

tios always  cancel,  and  consequently,  activities  have  no  units.  Furthermore,  the 

numerical  value  of  the  activity  equals  the  concentration  because  we  have  divid- 
ed by  1.  In  real  systems,  activities  are  not  exactly  numerically  equal  to  concen- 

trations. In  some  cases  the  differences  are  significant  (See  the  Closer  Look  box  in 
Section  13.6).  However,  we  will  ignore  these  differences.  For  pure  solids  and 

pure  liquids,  the  situation  is  even  simpler  because  the  activities  then  merely 
equal  1  (again  with  no  units).  Because  activ  ities  have  no  units,  the  thermodynamic 
equilibrium  constant  deriv  ed  from  them  also  has  no  units.  It  is  therefore  common 

practice  to  write  all  types  of  equilibrium  constants  without  units  as  well,  a  prac- 
tice that  we  adhere  to  in  this  text. 

Q    GIVE  IT  SOME  THOUGHT 

If  the  concentration  of  N204  in  an  equilibrium  mixture  is  0.00140  M,  what  is  its 
activity? 

15.3 Interpreting  and  Working 

with  Equilibrium  Constants 

Before  doing  calculations  with  equilibrium  constants,  it  is  v  aluable  to  understand 

what  the  magnitude  of  an  equilibrium  constant  can  tell  us  about  the  relative  con- 
centrations of  reactants  and  products  in  an  equilibrium  mixture.  It  is  also  useful  to 

consider  how  the  magnitude  of  any  equilibrium  constant  depends  on  how  the 
chemical  equation  is  expressed.  We  examine  these  ideas  in  this  section. 

The  Magnitude  of  Equilibrium  Constants 

Equilibrium  constants  can  vary  from  very  large  to  very  small.  The  magnitude  of 
the  constant  provides  us  with  important  information  about  the  composition  of 
an  equilibrium  mixture.  For  example,  consider  the  reaction  of  carbon  monoxide 
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Reactants 

(a)  K  »  1 

Reactants Products 

(b)  K  «  1 

▲  Figure  15.7   K  and  the  composition  of 
the  equilibrium  mixture.  The  equilibrium 
expression  has  products  in  the  numerator  and 
reactants  in  the  denominator,  (a)  When  K  1, 
there  are  more  products  than  reactants  at 
equilibrium,  and  the  equilibrium  is  said  to  lie  to 
the  right,  (b)  When  K  «  7,  there  are  more 
reactants  than  products  at  equilibrium,  and  the 
equilibrium  is  said  to  lie  to  the  left. 

gas  and  chlorine  gas  at  100  C  to  Form  phosgene  (COCk),  a  toxic  gas  used  in  the 
manufacture  of  certain  polymers  and  insecticides: 

CO(x)  +  C\2(g) 

In  order  for  the  equilibrium  constant  to  be  so  large,  the  numerator  of  the 

equilibrium-constant  expression  must  be  much  larger  than  the  denominator. 
Thus,  the  equilibrium  concentration  of  COCI2  must  be  much  greater  than  that  of 
CO  or  Ck,  and  in  fact  this  is  just  what  we  find  experimentally.  We  say  that  this 
equilibrium  lies  to  the  right  (that  is,  toward  the  product  side).  Likewise,  a  very 

small  equilibrium  constant  indicates  that  the  equilibrium  mixture  contains  most- 
ly reactants.  We  then  say  that  the  equilibrium  lies  to  the  left.  In  general, 

\f  K  -     I:    Equilibrium  lies  to  the  right;  products  predominate. 

If  K  <    1:    Equilibrium  lies  to  the  left;  reactants  predominate. 

These  situations  are  summarized  in  Figure  15.7  M. 

■H  SAMPLE  EXERCISE  15.3  |  Interpreting  the  Magnitude  of  an  Equilibrium 
Constant 

The  reaction  of  N2  with  Ot  to  form  NO  might  be  considered  a  means  of  "fixing"  nitrogen: 
N:(v)  +  02(g)         2  NO(g) 

The  value  for  the  equilibrium  constant  for  this  reaction  at  25°C  is  Kc  =  1  X  10~30. 
Describe  the  feasibility  of  fixing  nitrogen  bv  forming  NO  at  25°C. 
Solution 

Analyze:  We  are  asked  to  comment  on  the  utilitv  of  a  reaction  based  on  the  magni- 
tude of  its  equilibrium  constant. 

Plan:  We  consider  the  magnitude  of  the  equilibrium  constant  to  determine  whether 
this  reaction  is  feasible  for  the  production  of  NO. 

Solve:  Because  Kc  is  so  small,  very  little  NO  will  form  at  25°C.  The  equilibrium  lies  to 
the  left,  favoring  the  reactants.  Consequently,  this  reaction  is  an  extremely  poor 

choice  for  nitrogen  fixation,  at  least  at  25°C. 

■I  PRACTICE  EXERCISE 

For  the  reaction  H2(g)  +  hig)  =^  2  HI(g),  Kp  =  794  at  298  K  and  Kp  =  54  at  700  K. 
Is  the  formation  of  HI  favored  more  at  the  higher  or  lower  temperature? 
Answer:  The  formation  of  product,  HI,  is  favored  at  the  lower  temperature  because 
Kp  is  larger  at  the  lower  temperature. 

The  Direction  of  the  Chemical  Equation  and  K 

Because  an  equilibrium  can  be  approached  from  either  direction,  the  direction 

in  which  we  write  the  chemical  equation  for  an  equilibrium  is  arbitrary.  For  ex- 

ample, we  have  seen  that  we  can  represent  the  N2O4  -  NO2  equilibrium  as 

„  [N02]: 

N204(X) NC>2(x)  Kc 

0.212    (atl00°C)  [15.16] 

We  could  equally  well  consider  this  same  equilibrium  in  terms  of  the  reverse 
reaction: 

2  N02(£)  =^  N204(g) 

The  equilibrium  expression  is  then 

[N2Q4]  I 

[NQ2]2  ~  0.212 

4.72    (at  100°C) [15.17] 
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Equation  15.17  is  just  the  reciprocal  ol  the  equilibrium-constant  expression 
in  Equation  15.16.  The  equilibrium-constant  expression  for  a  reaction  written  in  one 
direction  is  the  reciprocal  of  the  one  for  the  reaction  written  in  the  reverse  direction. 

Consequently,  the  numerical  value  of  the  equilibrium  constant  for  the  reac- 
tion written  in  one  direction  is  the  reciprocal  of  that  for  the  reverse  reaction. 

Both  expressions  are  equally  valid,  but  it  is  meaningless  to  say  that  the  equi- 
librium constant  lor  the  equilibrium  between  \0:  and  \S04  is  0.212  or  4.72 

unless  we  indicate  how  the  equilibrium  reaction  is  written  and  also  specify 
the  temperature. 

■I  SAMPLE  EXERCISE  15.4  |  Evaluating  an  Equilibrium  Constant  When  an  Equation  Is  Reversed 

(a)  Write  the  equilibrium-constant  expression  tor  K  lor  the  follow  ing  reaction: 

2  NO(g)  =  N2(g)  +  02(g) 

(b)  Using  information  in  Sample  Exercise  1 5.3,  determine  the  value  of  this  equilibrium  constant  at  23  C. 

Solution 

Analyze:  We  are  asked  to  write  the  equilibrium-constant  expression  tor  a  reaction  in  terms  ot  concentrations  and  to  determine 
the  value  of  K,  . 

Plan:  As  before,  we  write  the  equilibrium-constant  expression  as  a  quotient  of  products  over  reactants,  each  raised  to  a  power 
equal  to  its  coefficient  in  the  balanced  equation.  We  can  determine  the  value  ot  the  equilibrium  constant  by  relating  the 
equilibrium-constant  expression  we  write  for  this  equation  to  the  equilibrium-constant  expression  m  Sample  Exercise  15.3,  where 

we  found  N2(g)  +  02(,s')         2  NO(g),  K,  =1  X  10  '". 

Solve:  (a)  Writing  products  over  re-  ,  _  [N2][02] 
actants,  we  have  [NO]2 

(b)  The  reaction  is  just  the  re\  erse  ot 
the  one  given  in  Sample  Exercise 
15.3.  Thus,  both  the  equilibrium- 
constant  expression  and  the  numeri- 

cal value  of  the  equilibrium  constant  .     ..  . 
are  the  reciprocals  of  those  for  the  ^   =  1  ?li  1±  =    _  =  ]   .  |q30 
reaction  in  Sample  Exercise  15.3.  [NO|:       1  x  10  30 

Comment:  Regardless  of  the  way  we  express  the  equilibrium  among  NO,  N2,  and  02,  at  23  C  it  lies  on  the  side  that  favors  N2 
and  02. 

KB  PRACTICE  EXERCISE 

For  the  formation  of  NH3  from  N2  and  H2,  N2(#)  +  3  H2(;s')  =  2  NH,(,\-),  Kp     4.34  •   10  '  at  300  C.  What  is  the  value  of  K, for  the  reverse  reaction? 

Answer:  2.31)  ■ 

Relating  Chemical  Equations  and  Equilibrium  Constants 

Just  as  the  equilibrium  constants  of  forward  and  reverse  reactions  are  recipro- 
cals of  each  other,  the  equilibrium  constants  of  reactions  associated  in  other 

ways  are  also  related.  For  example,  if  we  were  to  multiplv  our  original 

N2O4  -  N02  equilibrium  by  2,  we  would  have 

2  N204(s)         4  N02(g) 

The  equilibrium-constant  expression,  K,  ,  for  this  equation  is 

v  _  [NO,
]4 

[N204]2 which  is  simplv  the  square  of  the  equilibrium-constant  expression  tor  the  original 
equation,  given  in  Equation  15.10.  Because  the  new  equilibrium-constant  expres- 

sion equals  the  original  expression  squared,  the  new  equilibrium  constant  equals 

the  original  constant  squared:  in  this  case  0.21 22  =  ().()44l-Mat  100  C). 
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Q    GIVE  IT  SOME  THOUGHT 

w   
How  does  the  magnitude  of  the  equilibrium  constant  Kp  for  the  reaction  2  H\(g) 
^2(3)  +  hig)  change  if  the  equilibrium  is  written  6  Hl(g)         3  H2(g)  +  3  l2(g)? 

Sometimes,  as  in  problems  that  utilize  Hess's  law  (Section  5.6),  we  must  use 
equations  made  up  of  two  or  more  steps  in  the  overall  process.  We  obtain  the 
net  equation  by  adding  the  indiv  idual  equations  and  canceling  identical  terms. 

Consider  the  following  two  reactions,  their  equilibrium-constant  expressions, 

and  their  equilibrium  constants  at  100°C: 
[NO]2[Br2] 

2  NOBr(A')          2  NO(<j)  +  Br,(eJ       K,  =  -  U—. r  =  0.014 
[NOBr] 

[BrCl]2 

Br2(g)  +  Cl2(g)  =  2  BrClft)                  KL  =    '       J     =  7.2 |  B  r2  ]  [  C 1 2 1 

The  net  sum  of  these  two  equations  is 

2  NOBr(^)  +  C\2(g)          2  NO(tf)  +  2  BrC\(g) 

and  the  equilibrium-constant  expression  for  the  net  equation  is  the  product  of 
the  expressions  for  the  individual  steps: 

[NO]2[BrCl]2  _  [NO]2[Br2]  [BrCl]2 

[NOBr]2[Cl]2  ~    [NOBr]2  [Br2][Cl2] 

Because  the  equilibrium-constant  expression  for  the  net  equation  is  the  product 
of  two  equilibrium-constant  expressions,  the  equilibrium  constant  for  the  net 
equation  is  the  product  of  the  two  individual  equilibrium  constants: 

Kc  =  0.014  x  7.2  =  0.10. 
To  summarize: 

1.  The  equilibrium  constant  of  a  reaction  in  the  reverse  direction  is  the  inverse 
of  the  equilibrium  constant  of  the  reaction  in  the  forward  direction. 

2.  The  equilibrium  constant  of  a  reaction  that  has  been  multiplied  by  a  number 
is  the  equilibrium  constant  raised  to  a  power  equal  to  that  number. 

3.  The  equilibrium  constant  for  a  net  reaction  made  up  of  two  or  more  steps  is 
the  product  of  the  equilibrium  constants  for  the  individual  steps. 

M  SAMPLE  EXERCISE  15.5  |  Combining  Equilibrium  Expressions 

Given  the  following  information, 

HF(aq)  H  *  (aq)  +  F~(aq)  Kc  =  6.8  X  1CT4 

H2C204(aq)  =^  2  H  *  {aq)  +  C2042  (aq)       K,  =  3.8  x  l(Th 
determine  the  value  of  Kc  for  the  reaction 

2  HF(aq)  +  C2042  ~(aq)         2  F  (aq)  +  H2C204(aq) 
Solution 

Analyze:  We  are  given  two  equilibrium  equations  and  the  corresponding  equilibrium  constants  and  are  asked  to  determine  the 
equilibrium  constant  for  a  third  equation,  which  is  related  to  the  first  two. 
Plan:  We  cannot  simply  add  the  first  two  equations  to  get  the  third.  Instead,  we  need  to  determine  how  to  manipulate  the  equa- 

tions in  order  to  come  up  with  the  steps  that  will  add  to  give  us  the  desired  equation. 

Solve:  If  we  multiply  the  first  equa- 
tion by  2  and  make  the  correspond- 

ing change  to  its  equilibrium  constant 

(raising  to  the  power  2),  we  get  2  I  lF(aq)  2  H+(mj)  +  2  ?~(aq)    Kc  =  (6.8  x  1CT4)2  =  4.6  X  1(T7 
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Reversing  the  second  equation  and 
again  making  the  corresponding 

change  to  its  equilibrium  constant     2H+(aq)  +  C2042  (,nj)  =z  H2C204{aq)    K,  =  —  =  2.6  ■  105 
(taking  the  reciprocal)  gives  3.S  ■  10° 

Now  we  have  two  equations  that 

sum  to  give  the  net  equation,  and  2  HF(flif)  2  H  (<(«/)  +  2  F  (,/«/)         K,  =  4.6  x  10 
we  can  multiply  the  indh  idual  K,     2  , ,  (    ,  +  c  Q  2  (   }  _>  H,C204(™)  K,  =  2.5  ■  10? values  to  get  the  desired  equilibri- 
um constant.  2HF(mj)  +  C2042  (fl<7)         2F  (rtq)  +  H2C204(rt(j)     K,  =  (4.6  >  10  7)(2.6  ■  10?)  0.12 

Om  PRACTICE  EXERCISE 

Given  that,  at  700  K,  K„  =  54.0  for  the  reaction  IN;S')  •  l:(x)  =  2  Hl(x)  and  K;,  =  1.04  ■  10  1  for  the  reaction  N2(#)  • 
3  H2(#)         2  NH  \(g),  determine  the  value  of  kr  for  the  reaction  2  NH3(g)  f  3  l2(tf)         6  HI0S>)  *  N2(#)  at  700  K. 

(34.0) 5 Answer:  1.51  ■  10 
1.04  x  10  4 

15.4  I  Heterogeneous  Equilibria 

Many  equilibria,  such  as  the  hydrogen-nitrogen-ammonia  system,  involve  sub- 
stances all  in  the  same  phase.  Such  equilibria  are  called  homogeneous  equilib- 

ria. In  other  cases  the  substances  in  equilibrium  are  in  different  phases,  giving 

rise  to  heterogeneous  equilibria.  As  an  example,  consider  the  equilibrium  that 
occurs  when  solid  lead(II)  chloride  (PbCb)  dissolves  in  water  to  form  a  saturat- 

ed solution: 

PbCl2(s)  =  Pb2  •(</,/)  F  2  CI  (aq)  [15.18] 

This  system  consists  of  a  solid  in  equilibrium  with  two  aqueous  species.  It  we 

write  the  equilibrium-constant  expression  for  this  process,  we  encounter  a 
problem  we  have  not  encountered  previously:  How  do  we  express  the  concen- 

tration of  a  solid  substance?  Although  it  is  possible  to  express  the  concentration 

of  a  solid  in  terms  of  moles  per  unit  volume,  it  is  unnecessary  to  do  so  in  w  rit- 

ing equilibrium-constant  expressions.  Whenever  a  pure  solid  or  a  pure  liquid  is  in- 
volved in  a  heterogeneous  equilibrium ,  its  concentration  is  not  included  111  the 

equilibrium-constant  expression  for  the  miction.  I  hus,  the  equilibrium-constant  ex- 
pression for  Equation  15. IS  is 

Kc  =  [Pb2+][C1  |2  [15.19] 

Even  though  PbCbfs)  does  not  appear  in  the  equilibrium-constant  expression, 
it  must  be  present  for  equilibrium  to  occur. 

The  fact  that  pure  solids  and  pure  liquids  are  excluded  from  equilibrium- 
constant  expressions  can  be  explained  in  two  ways.  First,  the  concentration  of  a 

pure  solid  or  liquid  has  a  constant  value.  It  the  mass  of  a  solid  is  doubled,  its  vol- 
ume also  doubles.  Thus,  its  concentration,  which  relates  to  the  ratio  of  mass  to 

volume,  stays  the  same.  Because  equilibrium-constant  expressions  include  terms 
only  for  reactants  and  products  whose  concentrations  can  change  during  a  chem- 

ical reaction,  the  concentrations  of  pure  solids  and  pure  liquids  are  omitted. 

The  omission  of  pure  solids  and  liquids  from  equilibrium-constant  ex- 
pressions can  also  be  rationalized  in  a  second  way.  Recall  from  the  last  section 

that  what  is  substituted  into  a  thermodynamic  equilibrium  expression  is  the 
activity  of  each  substance,  which  is  a  ratio  of  the  concentration  to  a  reference 
value.  For  a  pure  substance,  the  reference  value  is  the  concentration  of  the 
pure  substance  itself,  so  that  the  activity  of  any  pure  solid  or  liquid  is  always 
simply  1. 
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*    Figure  15.8  A  heterogeneous 
equilibrium.  The  equilibrium  involving  CaC05, 
CaO,  and  C02  is  a  heterogeneous  equilibrium. 
The  equilibrium  pressure  of  C02  is  the  same  in  the 
two  bell  jars  as  long  as  the  two  systems  are  at 
the  same  temperature,  even  though  the  relative 
amounts  of  pure  CaC05  and  CaO  differ  greatly. 
The  equilibrium-constant  expression  for  the 

"cor 

9 
GIVE  IT  SOME  THOUGHT 

Write    the    equilibrium-constant    expression    for    the    evaporation    of  water, 
H20(/)         H20(<7),  in  terms  of  partial  pressures,  Kp. 

As  a  further  example  of  a  heterogeneous  reaction,  consider  the  decomposi- 
tion of  calcium  carbonate: 

CaC03(s)         CaO(s)  +  C02(g) 

Omitting  the  concentrations  of  solids  from  the  equilibrium-constant  expression 

gives 
K  =  [C02]    and    Kp  =  Pco, 

These  equations  tell  us  that  at  a  given  temperature,  an  equilibrium  among  CaC03, 
CaO,  and  C02  will  always  lead  to  the  same  partial  pressure  of  C02  as  long  as  all 
three  components  are  present.  As  shown  in  Figure  15.8  A,  we  would  have  the  same 
pressure  of  C02  regardless  of  the  relative  amounts  of  CaO  and  CaCO,. 

When  a  solvent  is  invok  ed  as  a  reactant  or  product  in  an  equilibrium,  its 

concentration  is  also  excluded  from  the  equilibrium-constant  expression,  pro- 
vided the  concentrations  of  reactants  and  products  are  low,  so  that  the  solvent 

is  essentially  a  pure  substance.  Applying  this  guideline  to  an  equilibrium  in- 
volving water  as  a  solvent, 

H20(Z)  +  C032~(<ni)         OH~(nq)  +  HC03~(aq)  [15.20] 

gives  an  equilibrium-constant  expression  in  which  [H20]  is  excluded: 

[OH"][HC03"] Kc  =   — —  15.21 

[CO,2  ] 

■■  SAMPLE  EXERCISE  15.6  |  Writing  Equilibrium-Constant  Expressions  for  Heterogeneous  Reactions 

Write  the  equilibrium-constant  expression  for  KL-  for  each  of  the  following  reactions: 
(a)  CCK?)  +  H =±  CO(g)  +  H->0(/) 
(b)  Sn02(s)  +  2CO(g)         Sn(s)  +  2C02(g) 

Solution 

Analyze:  We  are  given  two  chemical  equations,  both  for  heterogeneous  equilibria,  and  asked  to  write  the  corresponding 
equilibrium-constant  expressions. 
Plan:  We  use  the  law  of  mass  action,  remembering  to  omit  any  pure  solids,  pure  liquids,  and  solvents  from  the  expressions. 
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Solve:  (a)  The  equilibrium-constant  l<-0] 

expression  is  -  ~  [C02][H2] 

Because  H20  appears  in  the  reaction  as  a  pure  liquid,  its  concentration  does  not  appear  in  the  equilibrium-constant  expression. 

(b)  The  equilibrium-constant  ex-  [C02]2 
pression  is  K,  =  — — j 

Because  SnO^  and  Sn  are  both  pure  solids,  their  concentrations  do  not  appear  in  the  equilibrium-constant  expression. 

BB  PRACTICE  EXERCISE 

Write  the  following  equilibrium-constant  expressions: 
(a)  K,  forCr(s)  +  3 Ag+ (aq)  =  Crv(m/)  <  3Af;N 
(b)  Kp  for  3  Fe(s)  +  4  H20(.\;)         Fr,04(s)  +  4  H2(g) 

[Cr3+]  (Ph2)4 Answers:  (a)  K=-         ,  (b)  K 

[Ag+]3'       ''  (Ph2o)4 

■I  SAMPLE  EXERCISE  15.7  |  Analyzing  a  Heterogeneous  Equilibrium 

Each  of  the  following  mixtures  was  placet!  in  a  closed  container  and  allowed  to  stand. 

Which  is  capable  of  attaining  the  equilibrium  CaCO^(s)  '•  *  CaO(s)  +  C02(g): 
(a)  pure  CaCO^,  (b)  CaO  and  a  C02  pressure  greater  than  the  value  of  K„,  (c)  some 
CaCO^,  and  a  C02  pressure  greater  than  the  value  of  K„,  (d)  CaCO-,  and  CaO? 
Solution 

Analyze:  We  are  asked  which  of  several  combinations  of  species  can  establish  an 
equilibrium  between  calcium  carbonate  and  its  decomposition  products,  calcium 
oxide  and  carbon  dioxide. 

Plan:  In  order  for  equilibrium  to  be  achieved,  it  must  be  possible  for  both  the  for- 
ward process  and  the  reverse  process  to  occur.  In  order  for  the  forward  process  to 

occur,  there  must  be  some  calcium  carbonate  present.  In  order  for  the  reverse  process 
to  occur,  there  must  be  both  calcium  oxide  and  carbon  dioxide  In  both  cases,  either 
the  necessary  compounds  may  be  present  initially,  or  they  may  be  formed  by  reaction 
of  the  other  species. 
Solve:  Equilibrium  can  be  reached  in  all  cases  except  (c)  as  long  as  sufficient  quanti- 

ties of  solids  are  present  (a)  CaCO-t  simply  decomposes,  forming  CaO(s)  and  C(  )2(#) 
until  the  equilibrium  pressure  of  C02  is  attained.  There  must  be  enough  CaClh, 
however,  to  allow  the  C02  pressure  to  reach  equilibrium,  (b)  C02  continues  to  com- 

bine with  CaO  until  the  partial  pressure  of  the  C02  decreases  to  the  equilibrium 

value,  (c)  There  is  no  CaO  present,  so  equilibrium  can't  be  attained  because  there  is 
no  way  the  C02  pressure  can  decrease  to  its  equilibrium  value  (which  would  require 
some  of  the  C02  to  react  with  CaO).  (d)  T  he  situation  is  essentially  the  same  as  in  (a): 

CaCO-j  decomposes  until  equilibrium  is  attained.  The  presence  of  CaO  initially 
makes  no  difference. 

■■  PRACTICE  EXERCISE 

When  added  to  Fe-(04(s)  in  a  closed  container,  which  one  of   the  following 
substances — H-.(x),  H20(g),  02(g) — will  allow  equilibrium  to  be  established  in  the 
reaction  3  Fe(s)  +  4  H20(g)         Fe304(s)  +  4  H2(#)? 
Answer:  only  H2(g) 

15.5  |  Calculating  Equilibrium  Constants  

One  of  the  first  tasks  confronting  Haber  when  he  approached  the  problem  of  am- 
monia synthesis  was  finding  the  magnitude  of  the  equilibrium  constant  for  the 

synthesis  of  NH3  at  various  temperatures.  If  the  value  of  K  for  Equation  15.6  was 
very  small,  the  amount  of  NF1 3  in  an  equilibrium  mixture  would  be  small  relative 
to  the  amounts  of  N2  and  H2.  That  is,  if  the  equilibrium  lies  too  far  to  the  left,  it 
would  be  impossible  to  develop  a  satisfactory  synthesis  process  for  ammonia. 
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ACTIVITY 
Using  an  Equilibrium  Table 

Haber  and  his  coworkers  therefore  ev  aluated  the  equilibrium  constants  for 
this  reaction  at  various  temperatures.  The  method  they  employed  is  analogous 

to  that  described  in  constructing  Table  15.1:  They  started  with  various  mixtures 
of  N2,  H2,  and  NFUW  allowed  the  mixtures  to  achieve  equilibrium  at  a  specific 
temperature,  and  measured  the  concentrations  of  all  three  gases  at  equilibrium. 
Because  the  equilibrium  concentrations  of  all  products  and  reactants  were 
known,  the  equilibrium  constant  could  be  calculated  directly  from  the 

equilibrium-constant  expression. 

SAMPLE  EXERCISE  15.8 Calculating  K  When  All  Equilibrium  Concentrations 
Are  Known 

A  mixture  of  hydrogen  and  nitrogen  in  a  reaction  vessel  is  allowed  to  attain  equilibri- 
um at  472 "C.  The  equilibrium  mixture  of  gases  w  as  analyzed  and  found  to  contain 

7.38  atm  H2,2.46atm  N2,and  O.lw-iatm  NHi.  From  these  data,  calculate  the  equilib- 
rium constant  K„  tor  the  reaction 

N2(x)  +  3  H2(g) 

Solution 

Analyze:  We  are  given  a  balanced  equation  and  equilibrium  partial  pressures  and 
are  asked  to  calculate  the  value  of  the  equilibrium  constant. 
Plan:  Using  the  balanced  equation,  we  write  the  equilibrium-constant  expression. 
We  then  substitute  the  equilibrium  partial  pressures  into  the  expression  and  solve for  Kp. 

Solve: 

(Pnh3)- 
(0.166)2 

(2.46)(7.38)? 

2.79  <  10"' 

■■  PRACTICE  EXERCISE 

An  aqueous  solution  of  acetic  acid  is  found  to  have  the  following  equilibrium 

concentrations  at  25°C:  [HC2H302]  =  1.65  X  10~2M;[FT]  =  5.44  x  10  4  M;  and 
[C2FU02  ]  =  5.44  x  10~4  M.  Calculate  the  equilibrium  constant  Kc  for  the  ioniza- tion of  acetic  acid  at  25  C.  The  reaction  is 

HC2H102(/?(?) H  ~(aq)  +  C2FU,02  (^7) 

Ansiver:  1.79  x  10" 

We  often  don't  know  the  equilibrium  concentrations  of  all  chemical  species 
in  an  equilibrium  mixture.  If  we  know  the  equilibrium  concentration  of  at  least 
one  species,  however,  we  can  generally  use  the  stoichiometry  of  the  reaction  to 

deduce  the  equilibrium  concentrations  of  the  others.  The  following  steps  out- 
line the  procedure  we  use  to  do  this: 

1.  tabulate  all  the  known  initial  and  equilibrium  concentrations  of  the  species 

that  appear  in  the  equilibrium-constant  expression. 
2.  For  those  species  for  which  both  the  initial  and  equilibrium  concentrations 

are  known,  calculate  the  change  in  concentration  that  occurs  as  the  system 

reaches  equilibrium. 

3.  Use  the  stoichiometry  of  the  reaction  (that  is,  use  the  coefficients  in  the  bal- 
anced chemical  equation)  to  calculate  the  changes  in  concentration  for  all 

the  other  species  in  the  equilibrium. 

4.  From  the  initial  concentrations  and  the  changes  in  concentration,  calculate 

the  equilibrium  concentrations.  These  are  used  to  evaluate  the  equilibrium 
constant. 
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M  SAMPLE  EXERCISE  15.9  |  Calculating  K  from  Initial  and  Equilibrium  Concentrations 

A  closed  system  initially  containing  1.01)0  ■   10  3  Al 1H  and  2.000  ■   10  '  M  I2  at  448  C 
Analysis  of  the  equilibrium  mixture  shows  that  the  concentration  of  HI  is 
tion  taking  place,  which  is 

1 .87 10  1  Al. 

is  allowed 

Calculate  K 

to  reach  equ 

at  448°C  for 
H:(X) 

l(g) 

2HI(X) 

Solution 
Analyze:  We  are  given  the  initial  concentrations  of  1 1:  and  I2  and  the  equilibrium  concentration  of  HI.  We  are  asked  to 
the  equilibrium  constant  k,  tor  the  reaction  I  12(#)  +  I2(g)  ■        2  HI(g). 
Plan:  We  construct  a  table  to  find  equilibrium  concentrations  of  all  species  and  then  use  the  equilibrium  concentrations 
late  the  equilibrium  constant. 

ilibrium. 

the  reac- 

ca  leu  late 

to  calcu- 

Solve:  First,  we  tabulate  the  initial 
and  equilibrium  concentrations  ol 
as  many  species  as  we  can.  We  also 
provide  space  in  our  table  tor  listing 
the  changes  in  concentrations.  As 
shown,  it  is  convenient  to  use  the 
chemical  equation  as  the  heading 
for  the  table. 

H2(g) 

I-            h(g)  — 

—         2  H\(g) 

Initial 
1.000  <  10  3  M 2.000  x  10  3  M 0M Change 

Equilibrium 
1.87  x  10  1  M 

Second,  we  calculate  the  change  in 
concentration  of  HI,  which  is  the 
difference  between  the  equilibrium 
values  and  the  initial  values: 

Third,  we  use  the  coefficients  in  the 
balanced  equation  to  relate  the 
change  in  [HI]  to  the  changes  in  [H^l 
and  [I2]: 

Fourth,  we  calculate  the  equilibrium 
concentrations  of  lb  and  12(  using 
the  initial  concentrations  and  the 

changes.  The  equilibrium  concentra- 
tion equals  the  initial  concentration 

minus  that  consumed: 

Change  in  [HI]  =  1.87  x  10  3M  -  0  =  1.87  ■   10  \V1 

1.87 1  HI  \/  1  mol  H, 
I 2  mol  HI 

0.935  <  10" J ,mo  HI  W  I  mol  H 

1.87  x  10  1 —   — L     /  \  2  mol  HI 
0.935  •  10  1 

,mol  H; 

,  mol  I  j 
I 

[H2]  =  1.00  ■  10  3  M  -  0.935  x  10  3  M  =  0.065  x  10  3  M 

[I2]  =  2.000  <  10~3M  -  0.935  <  10"3M  =  1.065  ■   10  3  M 

The  completed  table  now  looks  like 
this  (with  equilibrium  concentra- 

tions in  blue  for  emphasis): 

H2(g) 

zO?) 

2  HKe) 

Initial 
1.000  x  10  3  M 2.000  x  10  3  M 

DM 

Change 
-0.935  x  10  3  M -0.935  x  10  3  M 

+  1.87  x  10  3  M 
Equilibrium 

Notice  that  the  entries  for  the  changes  are  negative  when  a  reactant  is  consumed  and  positivi •n  .1  product  is  formed. 

Finally,  now  that  we  know  the  equi- 
librium concentration  of  each  reac- 

tant and  product,  we  can  use  the 
equilibrium-constant  expression  to 
calculate  the  equilibrium  constant. 

[HI] 
[H2][I2] 

(1.87  X  10  V 

(0.065  ■   10  •)(  1.065 

10  I 51 

Comment:  The  same  method  can  be  applied  to  gaseous  equilibrium  problems,  in  which  case  partial  pressures  are  used  as  table 
entries  in  place  of  molar  concentrations. 

M  PRACTICE  EXERCISE 

Sulfur  trioxide  decomposes  at  high  temperature  in  a  sealed  container:  2SCC(\')  ■        2  SOofy)  +  02(#).  Initially,  the  vessel  is 
charged  at  1000  K  with  SO-^x)  at  a  partial  pressure  of  0.500  atm.  At  equilibrium  the  SO  j  partial  pressure  is  0.200  atm.  Calculate  the 
value  of  Kp  at  1000  K. 
Answer:  0.338 
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Q 
K  Q 

Q 

Reaction     Equilib-  Reaction 
forms        rium  forms 

products  reactants 

▲  Figure  15.9   Predicting  the  direction  of 
a  reaction  by  comparing  Q  and  K.  The  relative 
magnitudes  of  the  reaction  quotient  Q  and  the 
equilibrium  constant  K  indicate  how  the  reaction 
mixture  changes  as  it  moves  toward  equilibrium. 
If  Q  is  smaller  than  K,  the  reaction  proceeds  from 
left  to  right  until  Q     K.  When  Q  =  K,  the 
reaction  is  at  equilibrium  and  has  no  tendency  to 
change.  If  Q  is  larger  than  K,  the  reaction 
proceeds  from  right  to  left  until  Q  K. 

15.6  |  Applications  of  Equilibrium  Constants  

We  have  seen  that  the  magnitude  of  K  indicates  the  extent  to  which  a  reaction  will 

proceed.  It  K  is  very  large,  the  reaction  will  tend  to  proceed  far  to  the  right;  if  K  is 

very  small  (that  is,  much  less  than  1 ),  the  equilibrium  mixture  will  contain  mainly 
reactants.  The  equilibrium  constant  also  allows  us  to  (I)  predict  the  direction  in 
which  a  reaction  mixture  will  proceed  to  achieve  equilibrium  and  (2)  calculate  the 
concentrations  of  reactants  and  products  when  equilibrium  has  been  reached. 

Predicting  the  Direction  of  Reaction 

For  the  formation  of  NH,  from  N2  and  H2  (liquation  15.6),  K(  =  0.105  at  472  C. 
Suppose  we  place  a  mixture  of  2.00  mol  of  1  12,  100  mol  of  N2,  and  2.00  mol  of 

Nhh  in  a  1 .00-L  container  at  472  C.  How  will  the  mixture  react  to  reach  equilib- 
rium? Will  N2  and  H2  react  to  form  more  NH-),  or  will  NH3  decompose  to  form 

N2  and  H2? 

To  answer  this  question,  we  can  substitute  the  starting  concentrations  of 

N2,  H2,  and  into  the  equilibrium-constant  expression  and  compare  its 
value  to  the  equilibrium  constant: 

[NH3]2  (2.00)2 

[N2][H2f  (1.00)(2.00)3 

0.500    whereas    K,  =  0.105 

To  reach  equilibrium,  the  quotient  [NFh]2/[N2][H2] 1  will  need  to  decrease  from 
the  starting  value  of  0.500  to  the  equilibrium  value  of  0.105.  This  change  can 
happen  only  if  the  concentration  of  NH3  decreases  and  the  concentrations  of  N2 
and  H2  increase.  Thus,  the  reaction  proceeds  toward  equilibrium  by  forming 
N2  and  H2  from  NHy.  that  is,  the  reaction  proceeds  from  right  to  left. 

The  approach  we  have  illustrated  can  be  formalized  by  defining  a  quantity 

called  the  reaction  quotient.  The  reaction  quotient,  Q,  is  a  number  obtained  by  substi- 
tuting starting  mutant  and  product  concentrations  or  partial  pressures  into  an 

equilibrium-constant  expression.  Thus,  in  our  example,  when  we  substituted  the  start- 
ing concentrations  into  the  equilibrium-constant  expression,  we  obtained 

Qc  =  0.500.  When  we  substitute  the  starting  partial  pressures  into  the  equilibrium- 
constant  expression,  we  will  label  the  reaction  quotient  as  Qp. 

To  determine  the  direction  in  which  the  reaction  will  proceed  to  achieve 

equilibrium,  we  compare  the  values  of  Qc  and  Kc  or  Qp  and  Kp.  Three  possible 
situations  arise: 

•  Q  =  K:  The  reaction  quotient  will  equal  the  equilibrium  constant  only  if  the 
system  is  already  at  equilibrium. 

•  Q  >  K:  The  concentration  of  products  is  too  large  and  that  of  reactants  too 
small.  Thus,  substances  on  the  right  side  of  the  chemical  equation  will  react 

to  form  substances  on  the  left;  the  reaction  moves  from  right  to  left  in  ap- 

proaching equilibrium. 
•  Q  <  K:  The  concentration  of  products  is  too  small  and  that  of  reactants  too 

large.  Thus,  the  reaction  will  achieve  equilibrium  by  forming  more  prod- 
ucts; it  moves  from  left  to  right. 

I  hose  relationships  are  summarized  in  Figure  15.9  4. 

WM  SAMPLE  EXERCISE  15.10  |  Predicting  the  Direction  of  Approach  to  Equilibrium 

At  44.S  C  the  equilibrium  constant  K,  for  the  reaction 

H2(g)  +  h(g)  =  2HI(g) 

is  50.5.  Predic  t  in  whu  h  direction  the  reaction  will  proceed  to  reach  equilibrium  at  448°C  if  we  start  with  2.0  X  10" 
l.o  -  I0~2molof  H2,and  3.0  •  10-2  mol  of  I2  in  a  2.00-L  container. 

mol  of  HI, 
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Solution 
Analyze:  We  are  given  a  volume  and  initial  molar  amounts  of  the  species  in  a  reaction  and  asked  to  determine  in  which  direction 
the  reaction  must  proceed  to  achieve  equilibrium. 
Plan:  We  can  determine  the  starting  concentration  of  each  species  in  the  rea(  tion  mixture.  We  can  then  substitute  the  starting  con- 

centrations into  the  equilibrium-constant  expression  to  calculate  the  reaction  quotient,  Q,  .  Comparing  the  magnitudes  ot  the 
equilibrium  constant,  which  is  given,  and  the  reaction  quotient  will  tell  us  in  which  direction  the  reaction  will  proceed. 

Solve:  The  initial  concentrations  are  [lll|  =  2.0  ■  10  2  mol  2.00  L  =  1.0  ■  10  '  Al 

[H:|  =  1.0  x  10  2  mol  2.00  L  =  5.0  <  10  "  M 

[I2]  =  3.0  x  10  2  mol  2.00  L  =   1.5  ■   10  :  AI 

The  reaction  quotient  is  therefore  [lllj-  (1.0  x  10  2)2 0 

|H:|[I;]      (3.0  ■  It)  3)(1.5  x  10" 

Because  Q,  <  K, ,  the  concentration  of  Ml  must  increase  and  the  concentrations  ot  Hi  and  C  must  decrease  to  reach  equilibrium; 
the  reaction  will  proceed  from  left  to  right  as  it  moves  toward  equilibrium. 

■I  PRACTICE  EXERCISE 

At  1000  K  the  value  of  Kp  for  the  reaction  2  S03(g)  =  2  SO:(;s')  +  02(g)  is  0.338.  Calculate  the  value  tor  Qf„  and  predict  the  di- 
rection in  which  the  reaction  will  proceed  toward  equilibrium  if  the  initial  partial  pressures  are  / 'S(  > .  :  0.16  a tm;  P50,  =  0.41  a tm; 

Po2  =  2.5  atm. 
Answer:  Q„  =  16;  Q„   ■  Kp,  and  so  the  reaction  will  proceed  from  right  to  left,  forming  more  SO3. 

Calculating  Equilibrium  Concentrations 

Chemists  frequently  need  to  calculate  the  amounts  of  reactants  and  products 
present  at  equilibrium.  Our  approach  in  solving  problems  of  this  type  is  similar 
to  the  one  we  used  for  evaluating  equilibrium  constants:  We  tabulate  the  initial 

concentrations  or  partial  pressures,  the  changes  therein,  and  the  final  equilibri- 
um concentrations  or  partial  pressures.  Usually  we  end  up  using  the 

equilibrium-constant  expression  to  derive  an  equation  that  must  be  solved  for 
an  unknown  quantity,  as  demonstrated  in  Sample  Exercise  15.11. 

H  SAMPLE  EXERCISE  15.11  |  Calculating  Equilibrium  Concentrations 

For  the  Haber  process,  Ni^')  +  3  H](\')  ■  2  NH^fy),  C  =  1.45  •  10  1  at  500  C.  In  an  equilibrium  mixture  of  the  three  gases  at 
500°C,  the  partial  pressure  of  IC  is  0.928  atm  and  that  of  NN  is  0.432  atm.  What  is  the  partial  pressure  of  Nil  I  in  this  equilibrium mixture? 

Solution 

Analyze:  We  are  given  an  equilibrium  constant,  k,,,  and  the  equilibrium  partial  pressures  oi  two  of  the  three  substances  in  the 
equation  (NN  and  U^),  and  we  are  asked  to  calculate  the  equilibrium  parti, il  pressure  lor  the  third  substance  (Nl  I  ,). 
Plan:  We  can  set  K„  equal  to  the  equilibrium-constant  expression  and  substitute  in  the  partial  pressures  that  are  known.  I  hen  we 
can  solve  for  the  only  unknown  in  the  equation. 

Solve:  We  tabulate  the  equilibrium  N:(y)  +  3  H2(g)  2  Nlb,(v) 
pressures  as  follows:  Equilibrium  pressure  (atm)        0.432       0.928  \ 

Because  we  do  not  know  the  equilib- 
rium pressure  of  NIC,,  we  represent 

it  with  a  variable,  v.  At  equilibrium 
the  pressures  must  satisfy  the 
equilibrium-constant  expression: 

(Pnh/  v2 
K„  =  -     —7  =  -  — -  =  1.45  •   10  ' 
'      PN,(PH,)3  (0.432)(0.928)3 
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We  now  rearrange  the  equation  to  x2  =  (1.45  x  10~?)(0.432)(0.928)'!  =  5.01  X  10"6 solve  for  x:  /  

x  =  V  5.01  x  10"6  =  2.24  x  10  3atm  =  /\H, 

Comment:  We  can  always  check  (2  24  x  10~312 
our  answer  by  using  it  to  recalculate  ^  =  _  i_  =  ]  45  x  10~5 
the  value  of  the  equilibrium  constant:  p  (0.432)(0.928)3 

Wm  PRACTICE  EXERCISE 

At  500  K  the  reaction  PCl5(g)  PCl3(g)  +  Cl2(g)  has  Kp  =  0.497.  In  an  equilibrium  mixture  at  500  K,  the  partial  pressure  of 
PCU  is  0.860  atm  and  that  of  PCI3  is  0.350  atm.  What  is  the  partial  pressure  of  Cl2  in  the  equilibrium  mixture? 
Answer:  1.22  atm 

In  many  situations  we  will  know  the  value  of  the  equilibrium  constant  and 
the  initial  amounts  of  all  species.  We  must  then  solve  for  the  equilibrium 
amounts.  Solving  this  type  of  problem  usually  entails  treating  the  change  in 

concentration  as  a  variable.  The  stoichiometry  of  the  reaction  gives  us  the  rela- 
tionship between  the  changes  in  the  amounts  of  all  the  reactants  and  products, 

as  illustrated  in  Sample  Exercise  15.12. 

m  SAMPLE  EXERCISE  15.12  |  Calculating  Equilibrium  Concentrations  from  Initial  Concentrations 

A  1.000-L  flask  is  filled  with  1.000  mol  of  H2  and  2.000  mol  of  I2  at  448GC.  The  value  of  the  equilibrium  constant  Kt  for  the  reaction 

H2(g)  -  l2(g)  =  2M(g) 

at  448:C  is  50.5.  What  are  the  equilibrium  concentrations  of  H2,  I2,  and  HI  in  moles  per  liter? 

Solution 

Analyze:  We  are  given  the  volume  of  a  container,  an  equilibrium  constant,  and  starting  amounts  of  reactants  Ln  the  container  and 
are  asked  to  calculate  the  equilibrium  concentrations  of  all  species. 
Plan:  In  this  case  we  are  not  given  any  of  the  equilibrium  concentrations.  We  must  develop  some  relationships  that  relate  the  ini- 

tial concentrations  to  those  at  equilibrium.  The  procedure  is  similar  in  many  regards  to  that  outlined  in  Sample  Exercise  15.9, 
where  we  calculated  an  equilibrium  constant  using  initial  concentrations. 
Solve:  First,  we  note  the  initial 
concentrations  of  H2  and  It  in  the 
1.000-L  flask: 

[H2] 

Second,  we  construct  a  table  in  which 
we  tabulate  the  initial  concentrations: 

Third,  we  use  the  stoichiometry  of 
the  reaction  to  determine  the  changes 
in  concentration  that  occur  as  the  re- 

action proceeds  to  equilibrium.  The 
concentrations  of  H2  and  I2  will  de- 

crease as  equilibrium  is  established, 
and  that  of  HI  will  increase.  Let's 
represent  the  change  in  concentra- 

tion of  H2  by  the  variable  v.  The  bal- 
anced chemical  equation  tells  us  the 

relationship  between  the  changes  in 
the  concentrations  of  the  three  gases: 

Fourth,  we  use  the  initial  concentra- 
tions and  the  changes  in  concen- 

trations, as  dictated  bv  stoichiometry, 
to  express  the  equilibrium  concentra- 

tions. With  all  our  entries,  our  table 
now  looks  like  this: 

1.000  Aland  [I2]  =  2.000  M 

H2(g) 

h(g) ?=i  2  Hl(a) 

Initial 1.000  Al 2.000  Al 

0  Al 
Change 

Equilibrium 

For  each  x  mol 

produced: 

of  H2  that  reacts. 

H2(g) 
c  mol  of  It  are  consumed  and 

h(g)  — 

2x  mol  of  HI  are 

2  Hl(g) 

Initial 1.000  M 2-0d(i  A! 0M 
Change 

—x 

— X 

+2x 

Equilibrium 

H2(g) 

h(g)  — 

2  Hl(g) 

Initial 1.000  M 2.000  M 

0M 
Change 

+2x 

Equilibrium (1.000  -  .v)  Al (2.000  -  .v)  M 
2xM 
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I  ifth,  we  substitute  the  equilibrium 
concentrations  into  the  equilibrium- 
constant  expression  and  solve  for 
the  single  unknown,  x: 

If  you  have  an  equation-soh  ing  cal- 
culator, you  can  solve  this  equation 

directly  for  v.  If  not,  expand  this  ex- 
pression to  obtain  a  quadratic  equa- 

tion in  v: 

Solving  the  quadratic  equation 
(Appendix  A. 3)  leads  to  two  solu- 

tions tor  v: 

When  we  substitute  x  =  2.323  into 
the  expressions  for  the  equilibrium 
concentrations,  we  find  negative  con- 

centrations of  IL  and  L  Because  a 

negative  con<  entration  is  not  chemi- 
cally meaningful,  we  reject  this  solu- 
tion. We  then  use  x  0.935  to  find 

the  equilibrium  concentrate  ins: 

Check:  We  can  check  our  solution 

by  putting  these  numbers  into  the 
equilibrium-constant  expression: 

IxY 

|lb][b]      (1.000  -  x) (2.000     \  I 

4.Y-  =  50.5(.\-  -  3.000.r  +  2.000) 

46.5a:2  -  151.5x  +  101.0  =  0 

30.3 

-(-151.5)  ±  V(-151.5)2  -  4(46.5)(  L01.0) 
2(46.5) 

=  2.323  or  0.935 

III 

1 .000  -  x  =  0.065  M 

=  2.000  -  x  =  1.065  M 

2a  =  1 .870  M 

|III|: 
(1.870)' 

(0.065)(  1.065) 
51 

Comment:  Whenever  you  use  a  quadratic  equation  to  solve  an  equilibrium  problem,  one  ol  the  solutions  w  ill  not  be  chemicall) 
meaningful  and  should  be  rejected. 

■B  PRACTICE  EXERCISE 

For  the  equilibrium  I'Cl-^')  ■  PCl-^)  +  02(g),  the  equilibrium  constant  K.,  has  the  value  0.497  at  500  k  A  gas  cylinder  at 
500  K  is  charged  with  PCl=;(g)  at  an  initial  pressure  of  I  .(->(->  atm.  What  are  the  equilibrium  pressures  of  I'CL,  11  1  ,,  and  CL  at  this 
temperature? 
Answer:  PPC1  =  0.967  atm;  Pva  =  Pcl,  =  0.693  atm 

15.7  I  Le  Chatelier's  Principle 

In  developing  his  process  for  making  ammonia  from  N2  and  Fh,  Haber  sought 
the  factors  that  might  be  varied  to  increase  the  yield  of  NHi.  Using  the  values 

of  the  equilibrium  constant  at  various  temperatures,  he  calculated  the  equilibri- 
um amounts  of  NH-  formed  under  a  variety  of  conditions.  Some  of  his  results 

are  shown  in  Figure  I  3. 10  ►.  Notice  that  the  percent  of  Nil-;  present  at  equilib- 
rium decreases  with  increasing  temperature  and  increases  with  increasing 

pressure.  We  can  understand  these  effects  in  terms  of  a  principle  first 

put  forward  by  Henri-Louis  Le  Chatelier*  (1850-1936),  a  French  in 

dustrial  chemist.  Le  Chatelier's  principle  can  be  stated  as 

follows:  //'  a  system  nt  equilibrium  is  disturbed  In/  a 
change  in  temperature,  pressure,  or  the  concentra- 

tion of  one  of  the  components,  the  system  will  shift 

its  equilibrium  position  so  as  to  counteract  the  ef- 
fect of  the  disturbance. 

In  this  section  we  will  use  Le  Chatelier's 
principle  to  make  qualitative  predictions  about 
how  a  system  at  equilibrium  responds  to  various 
changes  in  external  conditions.  We  will  consider  three 

T  Figure  15.10   Effect  of  temperature  and 
pressure  on  the  percentage  of  NH}  in  an 
equilibrium  mixture  of  N2,  H2,  and  NH}.  Each 
mixture  was  produced  by  starting  with  a  3  : 1  molar 
mixture  of  H2  and  N2.  The  yield  of  NH;  is  greatest 
at  the  lowest  temperature  and  at  the  highest 

pressure. 

Percent  NIL, 

at  equilibrium 

Pronounced  "le-SHOT-lee-av." 

Sl'r(./  3()() 
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ways  that  a  chemical  equilibrium  can  be  disturbed:  ( 1 )  adding  or  removing  a  re- 
actant  or  product,  (2)  changing  the  pressure  by  changing  the  volume,  and 

(3)  changing  the  temperature. 

Change  in  Reactant  or  Product  Concentrations 

A  system  at  equilibrium  is  in  a  dynamic  state;  the  forward  and  reverse 
processes  are  occurring  at  equal  rates,  and  the  system  is  in  a  state  of  balance. 
Altering  the  conditions  of  the  system  may  disturb  the  state  of  balance.  If  this 
occurs,  the  equilibrium  shifts  until  a  new  state  of  balance  is  attained.  Le 

Chatelier's  principle  states  that  the  shift  will  be  in  the  direction  that  mini- 
mizes or-reduces  the  effect  of  the  change.  Therefore,  if  a  chemical  system  is  at 

equilibrium  ami  ire  mid  a  substance  (cither  a  reactant  or  a  product),  the  reaction  will 

shift  so  as  to  reestablish  equilibrium  In/  consuming  part  of  the  added  substance.  Con- 
versely, removing  a  substance  will  cause  the  reaction  to  move  in  the  direction  that 

forms  more  of  that  substance. 

As  an  example,  consider  an  equilibrium  mixture  of  N2,  H2,  and  NH3: 

N2(g)  +  3  H2(g)  2  Nhh(x) 

Adding  H2  would  cause  the  svstem  to  shift  so  as  to  reduce  the  newly  increased 

concentration  of  Hi.  This  change  can  occur  only  by  consuming  H2  and  simul- 
taneously consuming  Nn  to  form  more  NH3.  This  situation  is  illustrated  in 

Figure  15.11  ▼.  Adding  more  N2  to  the  equilibrium  mixture  would  likewise 

cause  the  direction  of  the  reaction  to  shift  toward  forming  more  NH3.  Remov- 
ing NH3  would  also  cause  a  shift  toward  producing  more  NH3,  whereas  adding 

NH-)  to  the  system  at  equilibrium  would  cause  the  concentrations  to  shift  in  the 
direction  that  reduces  the  newly  increased  NH3  concentration;  that  is,  some  of 
the  added  ammonia  would  decompose  to  form  N2  and  H2. 

In  the  Haber  reaction,  therefore,  removing  NH3  from  an  equilibrium  mix- 
ture of  N2,  H2,  and  NH3  causes  the  reaction  to  shift  from  left  to  right  to  form 

more  NH3.  If  the  NH3  can  be  removed  continuously,  the  yield  of  NH3  can  be 
increased  dramatically.  In  the  industrial  production  of  ammonia,  the  NH3  is 
continuously  removed  by  selectively  liquefying  it;  the  boiling  point  of 

NH3  (-33°C)  is  much  higher  than  that  of  N2  (-196°C)  and  H2  (-253°C).  The 
liquid  NH3  is  removed,  and  the  N2  and  H2  are  recycled  to  form  more  NH3,  as 

diagrammed  in  Figure  15.12  ►.  By  continuously  removing  the  product,  the  re- 
action is  driven  essentially  to  completion. 

►  Figure  15.11    Effect  of  adding 
H2  to  an  equilibrium  mixture  of 
N2,  H2,  and  NH3.  When  H2  is  added,  a 
portion  of  the  H2  reacts  with  N2  to  form 
NH3,  thereby  establishing  a 
new  equilibrium  position  that  has  the 
same  equilibrium  constant.  The  results 
shown  are  in  accordance  with 

te  Chatelier's  principle. 

Hi  added  at  this  time 

Initial 

equilibrium I  I 

Time 



15.7     |     Le  Chatelier's  Principle  651 

I'unip  to  circulate 
and  compress  gases 

Expanding 
£  cist's  C()()l 

Recycled 
unrea<  ted 
N, and  1 1 , 

i . ■•>■•     |        Liquid  NH 

Nil.  outlet 

A  Figure  15.12   Schematic  diagram 
summarizing  the  industrial  production  of 
ammonia.  Incoming  N2  and  H,  gases  are  heated 

to  approximately  500°C  and  passed  over  a 
catalyst.  The  resultant  gas  mixture  is  allowed  to 
expand  and  cool,  causing  NH3  to  liquefy. 
Unreacted  N2  and  H2  gases  are  recycled. 

Preheated 
kvd  eases 

9 GIVE  IT  SOME  THOUGHT 

What  happens  to  the  equilibrium  2  NO(g) 
added  to  the  system,  (b)  NO  is  removed? 

02(g)  =  2  N02(g)  if  (a)  02  is 
MOVIE 
Nitrogen  Dioxide  and  Dinitrogen  Tetroxide 

Effects  of  Volume  and  Pressure  Changes 

If  a  system  is  at  equilibrium  and  its  volume  is  decreased,  thereby  increasing  its 

total  pressure,  Le  Chatelier's  principle  indicates  that  the  system  will  respond  bv 
shitting  its  equilibrium  position  to  reduce  the  pressure.  A  system  can  reduce  its 
pressure  by  reducing  the  total  number  of  gas  molecules  (fewer  molecules  of  gas 
exert  a  lower  pressure).  Thus,  at  constant  temperature,  reducing  the  volume  of  a 
gaseous  equilibrium  mixture  anises  the  system  to  shift  in  the  direction  that  reduces  the 

number  of  moles  of  gas.  Conversely,  increasing  the  volume  causes  a  shift  in  the  di- 
rection that  produces  more  gas  molecules. 

For  example,  let's  again  consider  the  equilibrium  N^O^y)  ■  2  NO^fx)- 
What  happens  if  the  total  pressure  of  an  equilibrium  mixture  is  increased  by 

decreasing  the  volume  as  shown  in  the  sequential  photos  in  Figure  1 5. 1 3  ►  1  Ac- 

cording to  Le  Chatelier's  principle,  we  expect  the  equilibrium  to  shift  to  the 
side  that  reduces  the  total  number  of  moles  of  gas,  which  is  the  reactant  side  in 
this  case.  We  therefore  expect  the  equilibrium  to  shift  to  the  left,  so  that  NO:  is 
converted  into  N2O4  as  equilibrium  is  reestablished.  In  Figure  15.13(a)  and 

Figure  15.13(b),  compressing  the  gas  mixture  initially  causes  the  color  to  dark- 
en as  the  concentration  of  NOt  increases.  The  color  then  fades  as  equilibrium  is 

reestablished,  Figure  15.13(c).  The  color  fades  because  the  pressure  increase 
causes  the  equilibrium  to  shift  in  favor  of  colorless  N2O4. 

ANIMATIONS 

N02  N204  Equilibrium,  Temperature 
Dependence  of  Equilibrium 
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N204 

LE  CHATELIER'S  PRINCIPLE 
If  a  system  at  equilibrium  is  disturbed  by  a  change  in  temperature,  pressure, 

or  the  concentration  of  one  of  the  components,  the  system  will  shift  its 
equilibrium  position  so  as  to  counteract  the  effect  of  the  disturbance. 

NO, 

An  equilibrium  mixture  of 
brown  N02(g)  (red)  and 

colorless  N^O^)  (gray)  hold 
in  a  gas-tight  syringe. 

The  \  olume  and  hence  the  pressure  are 
changed  by  moving  the  plunger 

Compression  of  the  mixture 
temporarily  increases  the  concentration 

of  NO,. 

When  the  mixture  reestablishes 
equilibrium,  the  color  is  as  light  as 
that  at  the  beginning  because  the 
formation  of  N;04(^)  is  favored  by 

the  pressure  increase. 

▲  Figure  15.13   Effect  of  pressure  on  an 
equilibrium. 

Q    GIVE  IT  SOME  THOUGHT 

What  happens  to  the  equilibrium  2  S02(g)  +  02(g)  ̂ =  2  S03(g)  if  the  volume  of 
the  system  is  increased? 

For  the  reaction  Niig)  +  3  Hi^)  ■  2  NH}(e),  there  are  four  molecules 

of  reactant  consumed  for  every  two  molecules  of  product  produced.  Conse- 
quently, an  increase  in  pressure  (decrease  in  volume)  causes  a  shift  toward  the 

side  with  fewer  gas  molecules,  which  leads  to  the  formation  of  more  NH3,  as 
indicated  in  Figure  15.10.  In  the  case  of  the  reaction  H2(x)  +  I:(X>  -  Hlfy), 

the  number  of  molecules  of  gaseous  products  (two)  equals  the  number  of  mol- 
ecules of  gaseous  reactants;  therefore,  changing  the  pressure  will  not  influence 

the  position  of  the  equilibrium. 

Keep  in  mind  that  pressure- volume  changes  do  not  change  the  value  of  K  as 
long  as  the  temperature  remains  constant.  Rather,  they  change  the  partial  pressures 
of  the  gaseous  substances.  In  Sample  Exercise  15.8  we  calculated  Kp  for  an 
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equilibrium  mixture  at  472  C  that  contained  7.38  atm  H2,  2.46  atm  N2,  and 

0.166  atm  NH  3.  The  value  of  Kj:  is  2.79  x  10  ̂   Consider  what  happens  when  we 

suddenly  reduce  the  volume  of  the  system  bv  one-half.  If  there  were  no  shift  in 
equilibrium,  this  volume  change  would  cause  the  partial  pressures  of  all  substances 

to  double,  giving  PM,  =  14.76  atm,  /\,  =  4.92  atm,  and  PSH,  =  0.332  atm.  The 
reaction  quotient  would  then  no  longer  equal  the  equilibrium  constant. 

Qv 

(0.332)- 
WW3  ~  (4.92)(14.76)3 

6.97  ■   10  h  * 

Because  Q„  <  K„,  the  system  is  no  longer  at  equilibrium.  Equilibrium  will  be 

reestablished  by  increasing  P\n,  and  decreasing  P^j  and  Pj-j2  until 

Qp  =  Kp  =  2.79  X  10  \  Therefore,  the  equilibrium  shifts  to  the  right  as 

Le  Chatelier's  principle  predicts. 
It  is  possible  to  change  the  total  pressure  of  the  system  without  changing  its 

volume.  For  example,  pressure  increases  it  additional  amounts  of  any  of  the  re- 
acting components  are  added  to  the  system.  We  have  already  seen  how  to  deal 

with  a  change  in  concentration  of  a  reactant  or  product.  The  total  pressure  with- 
in the  reaction  vessel  might  also  be  increased  bv  adding  a  gas  that  is  not  in- 

volved in  the  equilibrium.  For  example,  argon  might  be  added  to  the  ammonia 
equilibrium  system.  The  argon  would  not  alter  the  partial  pressures  of  any  of 
the  reacting  components  and  therefore  would  not  cause  a  shift  in  equilibrium. 

ACTIVITY 

te  Chatelier's  Principle 

Effect  of  Temperature  Changes 

Changes  in  concentrations  or  partial  pressures  cause  shifts  in  equilibrium  with- 
out changing  the  value  of  the  equilibrium  constant.  In  contrast,  almost  every 

equilibrium  constant  changes  in  value  as  the  temperature  changes.  For  example, 

consider  the  equilibrium  established  when  cobalt(ll)  chloride  (C0CI2)  is  dis- 
solved in  hydrochloric  acid,  HC1((7</): 

Co(H20)62+(fl^)  +  4  CI  (aq)         C0CI42  (aq)  +  6  HzO(/)       AH  >  0 
Pale  pink  Deep  blue  [15.22] 

The  formation  of  C0CI42  from  CofPLO),,2'  is  an  endothermic  process.  We 
will  discuss  the  significance  of  this  enthalpy  change  shortly.  Because  CofPLO),,-  is 
pink  and  C0CI4"  is  blue,  the  position  of  this  equilibrium  is  readily  apparent  from 
the  color  of  the  solution.  Figure  15.14(a)  ►  shows  a  room-temperature  solution  of 

CoClo  in  HCl((;i/).  Both  CofPPO),,-*  and  CoCl4"~  are  present  in  significant 
amounts  in  the  solution;  the  violet  color  results  from  the  presence  of  both  the  pink 

and  blue  ions.  When  the  solution  is  heated  [Figure  15.14(b)],  it  becomes  intensely 

blue  in  color,  indicating  that  the  equilibrium  has  shifted  to  form  more  C0CI4"  . 
Cooling  the  solution,  as  in  Figure  15.14(c),  leads  to  a  pink  solution,  indicating  that 

the  equilibrium  has  shifted  to  produce  more  Co(H20)(l-+.  How  can  we  explain  the 
dependence  of  this  equilibrium  on  temperature7 

We  can  deduce  the  rules  for  the  temperature  dependence  of  the  equilibri- 

um constant  bv  applying  Le  Chatelier's  principle.  A  simple  way  to  do  this  is 
to  treat  heat  as  if  it  were  a  chemical  reagent.  In  an  endothermic  reaction  we  can 
consider  heat  as  a  reactant,  whereas  in  an  exothermic  reaction  we  can  consider 

heat  as  a  product. 

Endothermic:      Reactants  +  heat  -  products 

Exothermic:      Reactants  ■        products  +  heat 

When  the  temperature  of  a  si/s/r///  at  equilibrium  is  increased,  it  is  a^  if  we  have  added 
a  reactant  to  an  endothermic  reaction  or  a  product  to  an  exothermic  reaction.  The 
equilibrium  shifts  in  the  direction  that  consumes  the  excess  reactant  (or  product), 
namehi  heat. 
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EFFECT  OF  TEMPERATURE  CHANGES 

Almost  every  equilibrium  constant  changes  in  value  as  the  temperature  changes,  In  an  endothermic  reaction, 
heat  is  absorbed  as  reactants  are  converted  to  products,  and  the  equilibrium  shifts  to  the  right  and  K  increases. 

Lowering  the  temperature  shifts  the  equilibrium  to  the  side  that  produces  heat,  the  left,  decreasing  K. 

At  room  temperature  both  the 

pink  Co(H20)62'1  and  blue CoCl_f    ions  are  present  in 
significant  amounts,  giving  a 
violet  color  to  the  solution 

Heating  the  solution  shifts  the 
equilibrium  to  the  right,  forming 

more  blue  C0CI4" ~. 

Cooling  the  solution  shifts  the 
equilibrium  to  the  left,  toward 

pinkCo(H20)h2+. 

▲  Figure  15.14  Temperature  and  equilibrium  (The  reaction  shown  is  Co(H20)6 2  (aq)  +  4  CI  (aq) 
4  CI  (aq)  =  CoCI42  (ofl)  +  6  H20(/).) 

9 GIVE  IT  SOME  THOUGHT 

Use  Le  Chatelier's  principle  to  explain  why  the  equilibrium  vapor  pressure  of  a  liquid 
increases  with  increasing  temperature. 

In  .in  endothermic  reaction,  such  as  Equation  15.22,  heat  is  absorbed  as 
reactants  are  converted  to  products;  thus,  increasing  the  temperature  causes 
the  equilibrium  to  shift  to  the  right,  in  the  direction  of  products,  and  K 

increases.  For  Equation  15.22,  increasing  the  temperature  leads  to  the  forma- 
tion of  more  C0CI4   ,  as  observed  in  Figure  15.14(b). 
In  an  exothermic  reaction  the  opposite  occurs.  Heat  is  absorbed  as  products 

are  conv  erted  to  reactants;  therefore  the  equilibrium  shifts  to  the  left  and  K  de- 
creases. We  can  summarize  these  results  as  follows: 
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Endothermic:    Increasing  T  results  in  an  increase  in  K. 

Exothermic:    Increasing  T  results  in  a  decrease  in  k. 

Cooling  a  reaction  has  the  opposite  effect.  As  we  lower  the  temperature,  the 
equilibrium  shifts  to  the  side  that  produces  heat.  I  hus,  cooling  an  endothermic 
reaction  shifts  the  equilibrium  to  the  left,  decreasing  K.  We  observed  this  effect 
in  Figure  13.14(c).  Cooling  an  exothermic  reaction  shifts  the  equilibrium  to  the 

right,  increasing  K. 

ma  SAMPLE  EXERCISE  15.13  |  Using  Le  Chatelier's  Principle  to  Predict  Shifts 
in  Equilibrium 

Consider  the  equilibrium 

N204(y)         2  N02(.v)       A//   =  58.0  kj 

In  which  direction  will  the  equilibrium  shift  when  (a)  NJ20.j  is  added,  (b)  N02  is  re- 
moved, (c)  the  total  pressure  is  increased  by  addition  of  N2(g),  (d)  the  volume  is 

increased,  (e)  the  temperature  is  decreased? 

Solution 

Analyze:  We  are  given  a  series  of  changes  to  be  made  to  a  system  at  equilibrium  and  are 
asked  to  predict  what  effect  each  change  will  have  on  the  position  of  the  equilibrium. 

Plan:  Le  Chatelier's  principle  can  be  used  to  determine  the  effects  of  each  of  these 
changes. 
Solve:  (a)  The  system  will  adjust  to  decrease  the  concentration  of  the  added  N204, 
so  the  equilibrium  shifts  to  the  right,  in  the  direction  of  products. 

(b)  The  system  will  adjust  to  the  remo\  al  of  N02  by  shifting  to  the  side  that  pro- 
duces more  N02:  thus,  the  equilibrium  shifts  to  the  right. 

(c)  Adding  N2  will  increase  the  total  pressure  of  the  system,  but  \:  is  not  in- 
volved in  the  reaction.  The  partial  pressures  of  N02  and  N204  are  therefore  un- 

changed, and  there  is  no  shift  in  the  position  of  the  equilibrium. 
(d)  If  the  \olume  is  increased,  the  system  w  ill  shift  in  the  direction  that  occupies 

a  larger  volume  (more  gas  molecules);  thus,  the  equilibrium  shifts  to  the  right. 
(This  is  the  opposite  of  the  effect  observed  in  Figure  15.13,  where  the  volume  was 
decreased.) 

(e)  The  reaction  is  endothermic,  so  we  can  imagine  heat  as  a  reagent  on  the  reac- 
tant  side  of  the  equation.  Decreasing  the  temperature  will  shift  the  equilibrium  in  the 
direction  that  produces  heat,  so  the  equilibrium  shifts  to  the  left,  toward  the  forma- 

tion of  more  N204.  Note  that  only  this  last  change  also  affects  the  value  of  the  equi- 
librium constant,  K. 

MM  PRACTICE  EXERCISE 

For  the  reaction 

PCI5C?)         PC13(£)  +  Cl2(g)      AH  =87.9kJ 

in  which  direction  will  the  equilibrium  shift  when  (a)  CN(;S')  is  removed,  (b)  the  tem- 
perature is  decreased,  (c)  the  volume  of  the  reaction  system  is  increased,  (d)  PCI i('sr)  is 

added? 

Answers:  (a)  right,  (b)  left,  (c)  right,  (d)  left 

■I  SAMPLE  EXERCISE  15.14  |  Predicting  the  Effect  of  Temperature  on  K 

(a)  Using  the  standard  heat  of  formation  data  in  Appendix  C.  determine  the 
standard  enthalpy  change  for  the  reaction 

N2(;s>)  +  3H2(g)  2NH3(#) 

(b)  Determine  how  the  equilibrium  constant  for  this  reaction  should  change 
with  temperature. 

Solution 

Analyze:  We  are  asked  to  determine  the  standard  enthalpy  change  of  a  reaction  and 
how  the  equilibrium  constant  for  the  reaction  v  aries  with  temperature. 
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TABLE  15.2  Variation  in  Kp  for  the 
Equilibrium  N2-L3H2  2  NH3 
as  a  Function  of  Temperature 

Temperature  (°C) 

Kp 

31 II ) 40(1 
430 
500 
550 
600 

4.34  x  10"1 

1.64  x  10~4 4.51  x  10  5 

1.45  x  10  ' 
5.38  X  10  h 
2.23  ■   id  6 

Plan:  (a)  We  can  use  standard  enthalpies  of  formation  to  calculate  AH''  for  the 
reaction,  (b)  We  can  then  use  Le  Chatelier's  principle  to  determine  what  effect  tem- 

perature will  have  on  the  equilibrium  constant. 
Solve:  (a)  Recall  that  the  standard  enthalpy  change  for  a  reaction  is  given  by  the 
sum  of  the  standard  molar  enthalpies  of  formation  of  the  products,  each  multiplied 
by  its  coefficient  in  the  balanced  chemical  equation,  less  the  same  quantities  for  the 

reactants.  At  25°C,  AH?  for  NH-,0x~)  is  -46.19  kj/mol.  The  AH?  values  for  H2(g)  and 
N2(y)  are  zero  by  definition  because  the  enthalpies  of  formation  of  the  elements  in 
their  normal  states  at  25°C  are  defined  as  zero  (Section  5.7).  Because  2  mol  of  NH-)  is 
formed,  the  total  enthalpy  change  is 

(2  mol)(-46.19  kj/mol)  -  0  =  -92.38  k| 
(b)  Because  the  reaction  in  the  forward  direction  is  exothermic,  we  can  consider 

heat  a  product  of  the  reaction.  An  increase  in  temperature  causes  the  reaction  to  shift 
in  the  direction  of  less  NH3  and  more  N2  and  H2.  This  effect  is  seen  in  the  values  for 

Kr  presented  in  Table  15.2  4.  Notice  that  changes  markedly  with  changes  in  tem- 
perature and  that  it  is  larger  at  lower  temperatures. 

Comment:  The  fact  that  Kp  for  the  formation  of  Nhh  from  N2  and  H2  decreases  with 
increasing  temperature  is  a  matter  of  great  practical  importance.  To  form  NH3  at  a 
reasonable  rate  requires  higher  temperatures.  At  higher  temperatures,  however,  the 
equilibrium  constant  is  smaller,  and  so  the  percentage  conversion  to  NH3  is  smaller. 
To  compensate  for  this,  higher  pressures  are  needed  because  high  pressure  favors 
NH3  formation. 

H  PRACTICE  EXERCISE 

Using  the  thermodynamic  data  in  Appendix  C,  determine  the  enthalpy  change  for 
the  reaction 

2  POCl3(g)  =  2  PCh(x)  +  02(g) 

Use  this  result  to  determine  how  the  equilibrium  constant  for  the  reaction  should 
change  with  temperature. 

Ansivcr:  AH°  =  508  kj;  the  equilibrium  constant  will  increase  with  increasing 
temperature 

▼  Figure  15.15   Effect  of  a  catalyst  on 
equilibrium.  At  equilibrium  for  the  hypothetical 
reaction  A  ;=  B,  the  forward  readion  rate,  />, 
equals  the  reverse  reaction  rate,  rr.  The  violet 
curve  represents  the  path  over  the  transition  state 
in  the  absence  of  a  catalyst.  A  catalyst  lowers  the 
energy  of  the  transition  state,  as  shown  by  the 
green  curve.  Thus,  the  adivation  energy  is 
lowered  for  both  the  forward  and  the  reverse 
reactions.  As  a  result,  the  rates  of  forward  and 
reverse  reactions  in  the  catalyzed  reaction  are 
increased. 

Reaction  pathway 

The  Effect  of  Catalysts 

What  happens  if  we  acid  a  catalyst  to  a  chemical  system  that  is  at  equilibrium? 

As  shown  in  Figure  15.15  •<  a  catalyst  lowers  the  activation  barrier  between  the 
reactants  and  products.  The  activation  energy  of  the  forward  reaction  is  low- 

ered to  the  same  extent  as  that  for  the  reverse  reaction.  The  catalyst  thereby  in- 
creases the  rates  of  both  the  forward  and  reverse  reactions.  As  a  result,  a  catalyst 

increases  the  rate  at  which  equilibrium  is  achieved,  but  it  does  not  change  the  composi- 
tion of  the  equilibrium  mixture.  The  value  of  the  equilibrium  constant  for  a  reac- 
tion is  not  affected  by  the  presence  of  a  catalyst. 

The  rate  at  which  a  reaction  approaches  equilibrium  is  an  im- 

portant practical  consideration.  As  an  example,  let's  again  consid- 
er the  synthesis  of  ammonia  from  N2  and  H2.  In  designing  a 

process  for  ammonia  synthesis,  Haber  had  to  deal  with  a  rapid  de- 
crease in  the  equilibrium  constant  with  increasing  temperature,  as 

shown  in  Table  15.2.  At  temperatures  sufficiently  high  to  give  a 

satisfactory  reaction  rate,  the  amount  of  ammonia  formed  was  too 
small.  The  solution  to  this  dilemma  was  to  develop  a  catalyst  that 

would  produce  a  reasonably  rapid  approach  to  equilibrium  at  a 
sufficiently  low  temperature,  so  that  the  equilibrium  constant  was 
still  reasonably  large.  The  development  of  a  suitable  catalyst  thus 

became  the  focus  of  Haber 's  research  efforts. 
After  trying  different  substances  to  see  which  would  be  most 

effective,  Haber  finally  settled  on  iron  mixed  with  metal  oxides. 
Variants  of  the  original  catalyst  formulations  are  still  used.  These 
catalysts  make  it  possible  to  obtain  a  reasonably  rapid  approach  to 

equilibrium  at  temperatures  around  400°C  to  500°C  and  with  gas 
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pressures  of  200  to  600  atm.  The  high  pressures  are  needed  to  obtain  a  satisfac- 
tory degree  of  conversion  at  equilibrium.  You  can  see  from  Figure  15.10  that  if 

an  improved  catalyst  could  be  found — one  that  would  lead  to  sufficiently  rapid 
reaction  at  temperatures  lower  than  400  C  to  300  C — it  would  be  possible  to 
obtain  the  same  degree  of  equilibrium  conversion  at  much  lower  pressures. 

This  would  result  in  great  savings  in  the  cost  of  equipment  for  ammonia  syn- 
thesis. In  view  of  the  growing  need  for  nitrogen  as  fertilizer,  the  fixation  ot  ni- 

trogen is  a  process  of  ever-increasing  importance. 

Q    GIVE  IT  SOME  THOUGHT 

Does  the  addition  of  a  catalyst  have  any  effect  on  the  position  of  an  equilibrium? 

■  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

At  temperatures  near  800  C,  steam  passed  over  hot  coke  (a  form  of  carbon  obtained 
from  coal)  reacts  to  form  CO  and  Hi: 

CM  *  H,0(,\') CO(#)  +  H:(x) 

The  mixture  of  gases  that  results  is  an  important  industrial  fuel  called  water  gas.  (a)  At 

800°C  the  equilibrium  constant  for  this  reaction  is  k,,  14.1.  What  are  the  equilibri- 
um partial  pressures  of  fHO,  CO,  and  1 1  >  in  the  equilibrium  mixture  at  this  tempera- 

ture if  we  start  with  solid  carbon  and  (1. 1 00  mol  of  1 12( )  in  a  1 .00-1.  \  essel1  (b)  What  is 
the  minimum  amount  of  carbon  required  to  achieve  equilibrium  under  these  condi- 

tions? (c)  What  is  the  total  pressure  in  the  \essel  at  equilibrium?  (d)  At  2^  C  the  value 

of  Kp  for  this  reaction  is  1.7  •  10  .  Is  the  reaction  exothermic  or  endothermic?  (e)  To 
produce  the  maximum  amount  ot  CO  and  lb  at  equilibrium,  should  the  pressure  ot 
the  system  be  increased  or  decreased1 

Solution  (a)  To  determine  the  equilibrium  partial  pressures,  we  use  the  ideal  gas 
equation,  first  determining  the  starting  partial  pressure  ot  hydrogen. 

»iu>/\T     (0.100  mol)(0.0821  I -atm  mol-K)(1073  K) 
PH,o  -      ■  8.81  atm \ 1.00  L 

We  then  construct  a  table  of  starting  partial  pressures  and  their  changes  as  equilibri- 
um is  achieved: 

C(s) 

H20(s)  — 

-  coo?) 

hU.x') 

Initial 8.81  atm 0  atm 0  atm 

Change 

-.v 

+  .V 

+  .V 

Equilibrium 8.81  -  .\  atm v  atm v  atm 

There  are  no  entries  in  the  table  under  C(s)  because  the  reactant,  being  a  solid,  does 
not  appear  in  the  equilibrium-constant  expression.  Substituting  the  equilibrium  par- 

tial pressures  of  the  other  species  into  the  equilibrium-constant  expression  for  the  re- 
action gives 

PcoPh,  (v)(.v) 
1^   —   £  _         v        =  24  1 
''       PH2o       (8.81  -  .v) 

Multiplying  through  by  the  denominator  gives  a  quadratic  equation  in  .y: 

14.lv 

x 
124  22 (14.1)(8.81  -  x) 0 

Solving  this  equation  for  x  using  the  quadratic  formula  yields  v  =  6. 14  atm.  Hence, 
the  equilibrium  partial  pressures  are  Pqq  =  x  =  6.14 atm,  /'n,  =  x  =  6.14 atm,  and 
Ph-,o  =  (8.81  -  .v)  =  2.67  atm. 

(b)  Part  (a)  shows  that  x  =  6.14  atm  of  I  HO  must  react  in  order  for  the  system  to 
achieve  equilibrium.  We  can  use  the  ideal-gas  equation  to  convert  this  partial  pres- 

sure into  a  mole  amount. 

PV 

/;  = 

(6.14  atm)(1.00  L) 

RT      (0.0S21  L-atm  mol-K)(  1073  K) 
0.0697  mol 
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Thus,  0.0697  mol  of  H20  and  the  same  amount  of  C  must  react  to  achieve  equi- 
librium. As  a  result,  there  must  be  at  least  0.0697  mol  of  C  (0.836  g  C)  present  among 

the  reactants  at  the  start  of  the  reaction. 

(c)  The  total  pressure  in  the  vessel  at  equilibrium  is  simply  the  sum  of  the  equi- 
librium partial  pressures: 

Ptotal  =  pH20  +  pCO  +  Ph2  =  2.67  atm  +  6.14  atm  +  6.14  atm  =  14.95  atm 

(d)  In  discussing  Le  Chatelier's  principle,  we  saw  that  endothermic  reactions  ex- 
hibit  an  increase  in  Kp  with  increasing  temperature.  Because  the  equilibrium  constant 
for  this  reaction  increases  as  temperature  increases,  the  reaction  must  be  endothermic. 
From  the  enthalpies  of  formation  given  in  Appendix  C,  we  can  verify  our  prediction 

by  calculating  the  enthalpy  change  for  the  reaction,  AH0  =  AH°(CO)  +  AH?(H2)  - 
AH°(C)  -  AH?(H20)  =  +131.3  kj.  The  positive  sign  for  AH  indicates  that  the  reac- tion is  endothermic. 

(e)  According  to  Le  Chatelier's  principle,  a  decrease  in  the  pressure  causes  a 
gaseous  equilibrium  to  shift  toward  the  side  of  the  equation  with  the  greater  number 
of  moles  of  gas.  In  this  case  there  are  two  moles  of  gas  on  the  product  side  and  onlv 
one  on  the  reactant  side.  Therefore,  the  pressure  should  be  reduced  to  maximize  the 
yield  of  the  CO  and  H2. 

Controlling  Nitric  Oxide  Emissions CHEMISTRY  AT  WORK 

T-1  lie  formation  of  NO  from  N2  and  02  provides  another  in- 
J_  teresting  example  of  the  practical  importance  of  changes 

in  the  equilibrium  constant  and  reaction  rate  with  tempera- 
ture. The  equilibrium  equation  and  the  standard  enthalpy 

change  for  the  reaction  are 

\  N2(#)  +  \  02(g)  =  NO(g)       AH0  =  90.4  kj  [15.23] 
The  reaction  is  endothermic;  that  is,  heat  is  absorbed 

when  NO  is  formed  from  the  elements.  Bv  applying  Le  Chate- 

lier's principle,  we  deduce  that  an  increase  in  temperature  will 
shift  the  equilibrium  in  the  direction  of  more  NO.  The  equilib- 

rium constant  K.,  for  formation  of  1  mol  of  NO  from  the  ele- 
ments at  300  K  is  only  about  10  .  In  contrast,  at  a  much 

higher  temperature  of  about  2400  K  the  equilibrium  constant 

is  I01  '  times  as  large,  about  0.05.  The  manner  in  which  Kf, 
for  Equation  15.23  varies  with  temperature  is  shown  in 
Figure  15.16  ►. 

This  graph  helps  to  explain  why  NO  is  a  pollution  prob- 
lem. In  the  cylinder  of  a  modern  high-compression  auto  en- 
gine, the  temperatures  during  the  fuel-burning  part  of  the 

cvcle  mav  be  on  the  order  of  2400  K.  Also,  there  is  a  fairly  large 

excess  of  air  in  the  cylinder.  These  conditions  favor  the  forma- 
tion of  some  NO.  After  the  combustion,  however,  the  gases  are 

quickly  cooled.  As  the  temperature  drops,  the  equilibrium  in 

Equation  15.23  shifts  strongly  to  the  left  (that  is,  in  the  direc- 
tion of  N2  and  ( )2).  The  lower  temperatures  also  mean  that  the 

rate  of  the  reaction  is  decreased,  however,  so  the  NO  formed  at 

high  temperatures  is  essentially  "fro/en"  in  that  form  as  the 
gas  cools. 

The  gases  exhausting  from  the  cylinder  are  still  quite  hot, 
perhaps  1200  K.  At  this  temperature,  as  shown  in  Figure  15.16, 
Oie  equilibrium  constant  for  formation  of  NO  is  much  smaller. 
I  [owever,  the  rate  of  conv  ersion  of  NO  to  N2  and  02  is  too 

1 

0  1000  2000 
Temperature  (K) 

▲  Figure  15.16  Equilibrium  and  temperature.  The  graph  shows  how 
the  equilibrium  constant  for  the  reaction  \  N2(g)  +  \  02(g)  N0(g) 
varies  as  a  function  of  temperature.  The  equilibrium  constant  increases  with 
increasing  temperature  because  the  reaction  is  endothermic.  It  is  necessary  to 
use  a  log  scale  for  Kp  because  the  values  vary  over  such  a  large  range. 

slow  to  permit  much  loss  of  NO  before  the  gases  are  cooled 
still  further. 

As  discussed  in  the  "Chemistry  at  Work"  box  in  Section 
14.7,  one  of  the  goals  of  automotive  catalytic  converters  is  to 

achieve  the  rapid  conversion  of  NO  to  N2  and  02  at  the  tem- 
perature of  the  exhaust  gas.  Some  catalysts  for  this  reaction 

have  been  developed  that  are  reasonably  effective  under  the 
grueling  conditions  found  in  automotive  exhaust  systems. 

Nevertheless,  scientists  and  engineers  are  continually  search- 
ing for  new  materials  that  provide  even  more  effective  cataly- 

sis of  the  decomposition  of  nitrogen  oxides. 
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SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  15.1  A  chemical  reaction 
can  achieve  a  state  in  which  the  forward  and  reverse 

processes  are  occurring  at  the  same  rate.  This  condition  is 

called  chemical  equilibrium,  and  it  results  in  the  forma- 
tion of  an  equilibrium  mixture  of  the  reactants  and  prod- 
ucts of  the  reaction.  The  composition  ol  an  equilibrium 

mixture  does  not  change  with  time. 

Section  15.2  An  equilibrium  that  is  used  throughout 
this  chapter  is  the  reaction  of  N^iyJ  with  Hi(x)  to  form 

NH3(x):  N2(x)  +  3  H2(x)  =  2  NFh(/s').  This  reaction  is 
the  basis  of  the  Haber  process  for  the  production  of  am- 

monia. The  relationship  between  the  concentrations  of 

the  reactants  and  products  of  a  system  at  equilibrium  is 

given  by  the  law  of  mass  action.  For  a  general  equilibri- 
um equation  of  the  form  nA  +  />B  .  dD  +  eE,  the 

equilibrium-constant  expression  is  written  .is 

k      IDI  II  I "  [AHB]* 

The  equilibrium-constant  expression  depends  only  on 
the  stoichiometrv  of  the  reaction.  For  a  system  at  equilib- 

rium at  a  given  temperature,  K,  w  ill  be  a  constant  called 
the  equilibrium  constant.  When  the  equilibrium  system 

of  interest  consists  of  gases,  it  is  often  convenient  to  ex- 
press the  concentrations  of  reactants  and  products  in 

terms  of  gas  pressures: 

K  =  (PpfiPzY
 

P  (Pa)"W' 

K,  and  K„  are  related  by  the  expression  K„      KC(RT)  . 

Section  15.3  The  value  of  the  equilibrium  constant 

changes  with  temperature.  A  large  value  of  K,  indicates 

that  the  equilibrium  mixture  contains  more  products 
than  reactants.  A  small  value  for  the  equilibrium  constant 
means  that  the  equilibrium  lies  toward  the  reactant  side. 

The  equilibrium-constant  expression  and  the  equilibrium 
constant  of  the  reverse  of  a  reaction  are  the  reciprocals  of 
those  of  the  forward  reaction.  It  a  reaction  is  the  sum  of 

two  or  more  reactions,  its  equilibrium  constant  will  be  the 
product  of  the  equilibrium  constants  for  the  individual 
reactions. 

Section  15.4    Equilibria  for  w  hich  all  substances  are  in 
the  same  phase  are  called  homogeneous  equilibria;  in 

heterogeneous  equilibria  two  or  more  phases  are  pre- 
sent, because  the  concentrations  of  pure  solids  and  liq- 
uids are  constant,  these  substances  are  left  out  ot  the 

equilibrium-constant  expression  for  a  heterogeneous 

equilibrium. 
Section  15.5  If  the  concentrations  of  all  species  in  an 

equilibrium  are  know  n,  the  equilibrium-constant  expres- 
sion can  be  used  to  calculate  the  value  of  the  equilibrium 

constant.  The  changes  in  the  concentrations  of  reactants 

and  products  on  the  way  to  achieving  equilibrium  are 

gov  erned  by  the  stoichiometrv  of  the  reaction. 

Section  15.6  The  reaction  quotient,  Q,  is  found  by  sub- 

stituting reactant  and  product  partial  pressures  or  con- 
centrations into  the  equilibrium-constant  expression.  It 

the  system  is  at  equilibrium,  (J  K.  If  (J  ̂   k,  however, 

the  system  is  not  at  equilibrium.  When  Q  <  k,  the  reac- 
tion will  move  toward  equilibrium  by  forming  more 

products  (the  reaction  mines  from  left  to  right);  when 
Q  >  k,  the  reaction  will  proceed  from  right  to  left. 
Knowing  the  value  of  /x  makes  it  possible  to  calculate  the 
equilibrium  amounts  ot  reactants  and  products,  often  by 
the  solution  of  an  equation  in  which  the  unknown  is  the 

change  in  a  partial  pressure  or  concentration. 

Section  15.7  Le  Chatelier's  principle  states  that  it  a 
system  at  equilibrium  is  disturbed,  the  equilibrium  w  ill 

shift  to  minimize  the  disturbing  influence.  By  this  princi- 
ple, if  a  reactant  or  product  is  added  to  a  system  at  equi- 

librium, the  equilibrium  w  ill  shitt  to  consume  the  added 
substance.  The  effects  ol  removing  reactants  or  products 

and  of  changing  the  pressure  or  volume  of  a  reaction  can 
be  similarly  deduced.  For  example,  if  the  volume  of  the 

system  is  reduced,  the  equilibrium  will  shift  in  the  direc- 
tion that  decreased  the  number  of  gas  molecules.  The  en- 

thalpy change  for  a  reaction  indicates  how  an  increase  in 
temperature  affects  the  equilibrium:  For  an  endothermic 

reaction,  an  increase  in  temperature  sbilts  the  equilibri- 
um to  the  right;  lor  an  exothermic  reaction,  a  temperature 

increase  shifts  the  equilibrium  to  the  left.  Catalysts  affec  l 

the  speed  at  which  equilibrium  is  reached  but  do  not  af- 
fect the  magnitude  of  k. 
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VISUALIZING  CONCEPTS 

15.1  (a)  Based  on  the  following  energy  profile,  predict 
whether  k,  k,  or  ki  <  kr.  (b)  Using  Equation  15.5, 
predict  whether  the  equilibrium  constant  for  the  process 
is  greater  than  I  or  less  than  1.  [Section  15. 1  ] 

Reactants 

Products 

Reaction  pathway 

15.2  The  following  diagrams  represent  a  hypothetical  reac- 
tion A   *  B,  with  A  represented  by  red  spheres  and  B 

represented  by  blue  spheres.  The  sequence  from  left  to 

right  represents  the  system  as  time  passes.  Do  the  dia- 
grams indicate  that  the  system  reaches  an  equilibrium 

state?  Explain.  [Sections  15.1  and  15.2] 
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15.3  The  following  diagram  represents  an  equilibrium  mixture 
produced  for  a  reaction  of  the  type  A  +  X  ■  AX.  If  the 
volume  is  1  L,  is  K  greater  or  smaller  than  1?  [Section  15.2] 

15.4  The  following  diagram  represents  a  reaction  shown 

going  to  equilibrium,  (a)  Letting  A  =  red  spheres  and 
B  =  blue  spheres,  write  a  balanced  equation  for  the  re- 

action, (b)  Write  the  equilibrium-constant  expression  for 
the  reaction,  (c)  Assuming  that  all  of  the  molecules  are 
in  the  gas  phase,  calculate  A//,  the  change  in  the  number 
of  gas  molecules  that  accompanies  the  reaction,  (d)  How 

can  you  calculate  Kt,  if  you  know  Ki  at  a  particular  tem- 
perature? [Section  15.2] 

15.5  The  reaction  A2  +  15;  2  AB  has  an  equilibrium 
constant  K,  =  1.5.  The  following  diagrams  represent  re- 

action mixtures  containing  A2  molecules  (red),  B2  mole- 
cules (blue)  and  AB  molecules,  (a)  Which  reaction 

mixture  is  at  equilibrium?  (b)  For  those  mixtures  that 
are  not  at  equilibrium,  how  will  the  reaction  proceed  to 
reach  equilibrium?.  [Sections  15.5  and  15.6] 

(iii) 

15.6  The  reaction  A2(g)  +  B(y)  =^  A(g)  +  AB(x)  has  an 

equilibrium  constant  of  Kp  =  2.  The  diagram  below 
shows  a  mixture  containing  A  atoms  (red),  A2  mole- 

cules, and  AB  molecules  (red  and  blue).  How  many  B 
atoms  should  be  added  to  the  diagram  if  the  system  is  at 
equilibrium?  [Section  15.6] 

15.7  The  following  diagram  represents  the  equilibrium 
state  for  the  reaction  A2(g)  +  2  B(g)  z=±  2  AB(g). 

(a)  Assuming  the  volume  is  1  L,  calculate  the  equilibri- 
um constant,  Kc ,  for  the  reaction,  (b)  If  the  volume  of  the 

equilibrium  mixture  is  decreased,  will  the  number  of  AB 
molecules  increase  or  decrease?  [Sections  15.5  and  15.7] 
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15.8  The  following  diagrams  represent  equilibrium  mixtures 
for  the  reaction  A2  +  B  A  +  AB  at  ( I )  300  K  and  (2) 
500  K.  The  A  atoms  are  red,  and  the  15  atoms  are  blue.  Is 
the  reaction  exothermic  or  endothermic?  [Section  1 5.7] 

(a) 
(b) 

EXERCISES 

Equilibrium;  The  Equilibrium  Constant 

15.9  Suppose  that  the  gas-phase  reactions  A  ►  B  and 
B   ►  A  are  both  elementary  processes  with  rate  con- 

stants of  3.8  •  10  :s  '  and  3.1  •  10  1  s  'respectively. 
(a)  What  is  the  value  ol  the  equilibrium  constant  for  the 

equilibrium  A(,0  =  B(,N')?  (b)  Which  is  greater  at 
equilibrium,  the  partial  pressure  of  A  or  the  partial  pres- 

sure of  B?  Explain. 
15.10  Consider  the  reaction  A  +  B  C  +  D.  Assume  that 

both  the  forward  reaction  and  the  reverse  reaction  are 

elementary  processes  and  that  the  value  of  the  equilibri- 
um constant  is  very  large,  (a)  Which  species  predomi- 

nate at  equilibrium,  reactants  or  products?  (b)  Which 
reaction  has  the  larger  rate  constant,  the  forward  or  the 
reverse?  Explain. 

15.11  (a)  What  is  the  law  of  mass  action?  Illustrate  the  law  by 
using    the    reaction    NO(ff)  +  Br2(#)  NOBr2(tf). 
(b)  What  is  the  difference  between  the  equilibrium- 
constant  expression  and  the  equilibrium  constant  for  a 

given  equilibrium1  (c)  Describe  an  experiment  that 
could  be  used  to  determine  the  value  of  the  equilibrium 
constant  for  the  reaction  in  part  (a). 

15.12  (a)  The  mechanism  for  a  certain  reaction  A  +  B  ■ 

C  +  D  is  unknown.  Is  it  still  possible  to  apply  the  law  of 

mass  action  to  the  reaction1  Explain,  (b)  Write  the  chemk  al 
reaction  involved  in  the  Haber  process.  Whv  is  this  iva,  - 
tion  important  to  humanity?  (c)  Write  the  equilibrium- 
constant  expression  for  the  reaction  in  part  (b). 

15.13  Write  the  expression  for  k  lor  the  following  reactions. 
In  each  case  indicate  whether  the  reaction  is  homoge- 

neous or  heterogeneous. 

(a)  3  NO(£)  :==±  N20(g)  +  N02(g) 
(b)  CH4(x)  +  2  H2S(g)  =  CS2(£)  +  4  H2(g) 
(c)  Ni(CO)4(g)  =^  Ni(s)  +  4  COO?) 

(d)  HF(,n;)  H  '  (</</)  +  F  (aq) 
(e)  2  Ag(s)  +  Zn2+(^)         2  Ag '  (aq)  +  Zn(s) 

15.14  Write  the  expressions  for  K,  for  the  following  rea<  lions 
In  each  case  indicate  whether  the  reaction  is  homoge- 

neous or  heterogeneous. 

(a)  N26>)  +  02(£)         2  NO(,x') 
(b)  Ti(s)  +  2Cl2(x)  TiCI,(/) 
(c)  2C2H4(x)  +  2  H20(x)  =  2C2H6C?)  +  02(ff) 

(d)  FeO(s)  +  H2(tf)         Fe(s)  ~  H20(g) 
(e)  4  \  \C\(aq)  +  02(g)         2  H20(/)  +  2Cl2(g) 

15.15  When  the  following  reactions  come  to  equilibrium,  does 

the  equilibrium  mixture  contain  mostly  reactants  or  most- 

ly products1 
(a)  N2(x)  +  02(x)  =±  2  NO(tf);  K(.  =  1.5  •  10  "' 

(b)  2S02C?)  4  02(g)  z=±  2X>3{g);Kp  =  2.5  ■  Id" 15.16  Which  of  the  following  reactions  lies  to  the  right,  favor- 
ing the  formation  of  products,  and  which  lies  to  the  left, 

favoring  formation  of  reactants? 

(a)  2NO(g)  4  02{g)         2N02C?);K,,  =  5.0  ■  1012 
(b)  2HBr(#)  =  H2(g)  -  Br2Qj);  K,      5.8  ■  10  |s 

15.17  UK,  0.042  for  PCI  +  Cl2(#)  =  PCl^f^)  at  500  K, 
what  is  the  value  ol  K.,  for  this  reaction  at  this 

temperature? 15.18  Calculate  Kc  at  303  K  for  S02(x)  I  C\2(g)  ?=i  S02CI2(tf) 

if  K{,  =  14.5  at  this  temperature. 
15.19  The  equilibrium  constant  for  the  reaction 

NO(.v)  l  Br2(V) 
NOBrfe) 

is  K,      1.3  ■  10  -  at  ItHH)  K.  (a)  C  alculate  k.  for 

2NOBr(#)         2NO(x)  *  Br2(£).  (b)  At  this  tempera- 
ture does  the  equilibrium  favor  NO  and  Br2<  or  does  it 

favor  NOBr? 

15.20   (  he  equilibrium  constant  for  the  reaction NO(,<>)  {  02(tf) 
2  N02(X) 

isK,,  1.48  •  104  at  184°C  (a)  Calculate  Kf,  for  2  N02(g) 
=  2  NO(x)  t  02(;>).  (b)Does  the  equilibrium  favor 
NO  and  02,  or  does  it  I. nor  N02  at  this  temperature? 

15.21  At 

K,  k. 

1 .85  tor  the  reaction 

S02(g)  +  \  02(g) 

S03(g) 

(a)  What  is  the  value  ol  K.,  for  the  reaction 

SOi(g)  S02(s')  I  |02(#)?  (b)  What  is  the  value  of 
kr  for  the  reaction  2S02(fl)  +  02(g)  z=±  2  SO^')? 
(c)  What  is  the  value  ol  k,  for  the  reaction  in  part  (b)? 

15.22  Consider  the  following  equilibrium,  for  which 
0.0752  at  4S0  C: 

2Cl2(x)  +  2H20(g)  =  4IICI(X)  t  (),(;■) 
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(a)  What    is    the    value    of    Kp    for    the  reaction 
4  HC\(g)  +  <J2(g)  z=±  2Cl2(g)  +  2  H20(v)?    (b)  What 
is  the  value  of  K(,  for  the  reaction  02(g)  +  H20(g)  ■ 
2  HO(g)  +  1  02(#)?  (c)  What  is  the  value  of  K,  for  the 
reaction  in  part  (b)? 

15.23  Consider  the  reactions  A(m])  +  B(nq)  C(nq)  and 

C((7i/)  +■  D(nq)  -        E(nq)  +  'A(aq)  for  which  the  equi- 
librium constants  at  100°C  are  K(  =  1.9  X  10  '  and 

=  8.5  x  10",  respectively.  What  is  the  value  of  K,  for 
the  reaction  B(nq)  +  D(nq)  ■  E(aq)? 

|15.24|  Consider  the  equilibrium 

N2I?)  +  02(g)  +  Br2(g)  =±  2  NOBr(-) 

Calculate  the  equilibrium  constant  Kp  tor  this  reaction, 
given  the  following  information  (at  2C>8  k): 

2  NO(g)  +  Br2(x)  =  2  NOBr(-)         K(  =  2.0 

2  NO(g)         N2(y)  +  0;(x)    K,  =  2.1  x  LO30 

15.25  Mercury(l)  oxide  decomposes  into  elemental  mercurv 
and  elemental  oxygen:  2  I  Ig2()(s)  4  Hg(/)  +  02(tf). 

(a)  Write  the  equilibrium-constant  expression  for  this  re- 
action in  terms  of  partial  pressures,  (b)  Explain  why  we 

normally  exclude  pure  solids  and  liquids  from 

equilibrium-constant  expressions. 
15.26  Consider  the  equilibrium  Na20(s)  4-  S02(g)  ̂ = 

Na2SO-,(s).  (a)  Write  the  equilibrium-constant  expres- 
sion for  this  reaction  in  terms  of  partial  pressures. 

(b)  Wh\  doesn't  the  concentration  of  \'a20  appear  in 
the  equilibrium-constant  expression? 

Calculating  Equilibrium  Constants 

15.27  Gaseous  hydrogen  iodide  is  placed  in  a  closed  con- 
tainer at  425°C,  where  it  partially  decomposes  to  hy- 

drogen and  iodine:  2  HI(g)  H2(g)  +  hig)-  At 

equilibrium  it  is  found  that  [HI]  =  3.53  ■  10~3  M, 
[H2]  =  4.79  X  10~4  M,  and  [I2]  =  4.79  X  10  4  M.  What 
is  the  value  of  Kc  at  this  temperature? 

15.28  Methanol  (CH3OH)  is  produced  commercially  by  the 
catalyzed  reaction  of  carbon  monoxide  and  hydrogen: 

CO(g)  +  2H2(g)  CH3OH(#).  An  equilibrium 
mixture  in  a  2.00-L  vessel  is  found  to  contain 
0.0406  mol  CH^,OH,  0.170  mol  CO,  and  0.302  mol  H2  at 
500  K.  Calculate  Kc  at  this  temperature. 

15.29  The  equilibrium  2  NO(g)  +  Cl2(g)  =^  2  NOCl(g)  is 
established  at  500  k.  An  equilibrium  mixture  of  the 
three  gases  has  partial  pressures  of  0.095  atm,  0.171  atm, 

and  0.2S  atm  for  NO,  Cl2,  and  NOC1,  respectively.  Cal- 
culate K,,  for  this  reaction  at  500  K. 

15.30  Phosphorus  trichloride  gas  and  chlorine  gas  react  to  form 
phosphorus  pentachloride  gas:  PChteJ  +  Cl2(e)  ■ 
PO$(g).  A  gas  vessel  is  charged  with  a  mixture  of 
PO^(g)  and  C\2(g),  which  is  allowed  to  equilibrate  at 
450  K.  At  equilibrium  the  partial  pressures  of  the  three 

gases  are  Ppcu  =  0.124  atm,  Pq,  =  0.157  atm,  and 
/Vci-  =  1-30  atm.  (a)  What  is  the  value  of  Kp  at  this  tem- 

perature? (b)  Does  the  equilibrium  favor  reactants  or 

products? 
15.31  A  mixture  of  0.10  mol  of  NO,  0.050  mol  of  H2,  and  0.10 

mol  of  H20  is  placed  in  a  1.0-L  vessel  at  300  K.  The  fol- 
lowing equilibrium  is  established: 

2  NO(g)  +  2  H2(g)  ̂ =  N2(g)  +  2  H20(g) 

At  equilibrium  [NO]  =  0.062  M.  (a)  Calculate  the  equi- 
librium concentrations  of  H2,  N2,  and  H20.  (b)  Calcu- late K, . 

15.32  A  mixture  of  1 .374  g  of  H2  and  70.31  g  of  Br2  is  heated  in  a 
2.00-L  vessel  at  700  K.  These  substances  react  as  follows: 

H2(x)  +  Br2(g)  =  2  HBr(g) 

At  equilibrium  the  vessel  is  found  to  contain  0.566  g  of 
H2.  (a)  Calculate  the  equilibrium  concentrations  of 
H2,  Br2,  and  HBr.  (b)  Calculate  Kc. 

15.33  A  mixture  of  0.2000  mol  of  C02,  0.1000  mol  of  H2,  and 

0.1600  mol  of  H20  is  placed  in  a  2.000-L  vessel.  The  fol- 
lowing equilibrium  is  established  at  500  K: 
CO2C?)  +  H2(g) 

CO(,s>)  +  HzO(g) 

(a)  Calculate  the  initial  partial  pressures  of  C02,  H2, 

and  H20.  (b)  At  equilibrium  Ph-,o  =  3.51  atm.  Calculate 
the  equilibrium  partial  pressures  of  C02,  H2,  and  CO. 
(c)  Calculate  Kp  for  the  reaction. 

15.34  A  flask  is  charged  with  1.500  atm  of  N204(g)  and 

1.00  atm  N02(e)  at  25°C,  and  the  following  equilibrium is  achieved: 
N204(g) 

2  \02(,v) 

After  equilibrium  is  reached,  the  partial  pressure  of 
N02  is  0.512  atm.  (a)  What  is  the  equilibrium  partial 

pressure  of  N2O4?  (b)  Calculate  the  value  of  Kp  for  the 
reaction. 

Applications  of  Equilibrium  Constants 

15.35  (a)  How  doe  a  reaction  quotient  differ  from  an  equilib- 
rium constant?  (b)  If  Qc  <  Kc,  in  which  direction  will  a 

reaction  pnm  1  in  order  to  reach  equilibrium?  (c)  What 

condition  must  b  1  satisfied  so  that  Q,  =  k'(  ? 
15.36  (a)  I  low  is  a  reai  ion  quotient  used  to  determine 

whether  a  system  is  al  equilibrium?  (b)  If  Q,  >  K, ,  how 

must  the  reaction  proceed  to  reach  equilibrium?  (c)  At 
the  start  of  a  certain  reaction,  only  reactants  are  present; 
no  products  have  been  formed.  What  is  the  value  of  Qc 
at  this  point  in  the  reaction? 

15.37  At  100°C  the  equilibrium  constant  for  the  reaction 

COCl2(g)  CO(g)  +  Cl2(g)  l^s  the  value  Kc  = 
2.19  x  10~in.  Are  the  following  mixtures  of  COCl2,  CO, 
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and  CI2  at  100  C  at  equilibrium?  It  not,  indicate  the  direc- 
tion that  tlic  reaction  must  proceed  to  achieve  equilibrium. 

(a)[COCl2]  =  2.00  x  10  *  M,  [CO]  =  3.3  •.  10  11  M, 
[Cl2]  =  6.62  <  10  "A/1;  (b)  |COCI2]  =  450  ■  10  2  M, 
[CO]  =  1.1  x  10  rA4,  [Cl2]  =  2.25  •  10  6  M; 
(c)[COCl;|  =  0.0100  M,  [CO]  =  [Cl2]      1.48  ■  10  "  M. 

15.38  As  shown  in  Table  1  5.2,  K„  for  the  equilibrium 

N2(g)  +  3H2(#)  =  2\1I  ,(X) 

is  451  <  10  '  at  450  C.  For  each  ol  the  mixtures  listed 
here,  indicate  whether  the  mixture  is  at  equilibrium  at 
450  C.  If  it  is  not  at  equilibrium,  indicate  the  direction 

(toward  product  or  toward  reactants)  in  which  the  mix- 
ture must  shift  to  achieve  equilibrium. 

(a)  105  arm  NH3,  35  atm  N2, 495  atm  H2: 
(b)  33  atm  Ml    545  atm  I  H,  no  \X; 
(c)  26  atm  NH3,42  atm  H2,202  atm  N2. 

15.39  AtlOOC, K       0.07*  for  the  reaction 

SO,Cl,( so2o?)  +  cbc?) 

In  an  equilibrium  mixture  ol  the  three  gases,  the  concen- 
trations of  S02C12  and  S02  art'  0.I0S  M  and  0.032  M,  re- 

spectively. What  is  the  partial  pressure  ol  C  l2  in  the 
equilibrium  mixture? 

15.40  At  400  K  tin lowing  reaction  has  k„  0.343: 

2S02(ff)  +  02(g) 
2S03(e) 

In  an  equilibrium  mixture  the  partial  pressures  of  S02 
and  02  are  0.165  atm  and  0.755  atm,  respectively. 
What  is  the  equilibrium  partial  pressure  of  SO;  in  the 

mixture1 
15.41  (a)  At  12*5  C  the  equilibrium  constant  tor  the  reaction 

Br^O  ̂ ===!  2  BrfO  is  K,  =  1.04  •  10  '.  /\  0.200- L  vessel 
containing  an  equilibrium  mixture  ot  the  gases  has 
0.245  g  Br2(,«s')  in  it.  What  is  the  mass  of  Br(g)  in  the  ves- 

sel? (b)  For  the  reaction  H2(g)  I  \2(g)  2  H\(g), 
K,  =  55.3  at  700  k.  In  a  2.00-1.  flask  containing  an  equi- 

librium mixture  ot  the  three  ̂ ases,  there  are  0.056  g  II2 

and  4.36 g  12.  What  is  the  mass  of  HI  in  the  flask7 
15.42  (a)  At  800  K  the  equilibrium  constant  for  [2(g)  ̂ =  2  1(g) 

is  Kc  =  3.1  x  10  \  If  an  equilibrium  mixture  in  a  10.0-1, 
vessel  contains  2.h7  ■  10  -  g  of  1(0,  how  many  grams  of 
[2  are  in  the  mixture1  (b)  For  2  S02(g)  +  02(g)  ̂ = 
2S03(g),  Kp  =  3.0  •  104  at  700  K.  In  a  2.00-1.  vessel  the 
equilibrium  mixture  contains  1.37  g  of  S03  and  0.123  g  of 

O2.  How  many  grams  of  SO;  are  in  the  vessel1 
15.43  At  2000  C  the  equilibrium  constant  for  the  reaction 

h  k  =  2.4  x  10".  It  the  initial  concentration  of  NO  is 

0.200  A 1,  what  are  the  equilibrium  concentration--  ol  \l ) 
N2,  and  02? 

15.44  l  or  the  equilibrium 

Br2(g)  4  Cl2Qf)  =  2  BrCK.O 

at  400  K,  K,  -  7.0.  II  0.30  mol  of  Br2  and  0.30  mol  Cl2  arc 
introduced  into  a  1. 0-1  container  at  400  k.  what  will  be 
the  equilibrium  concentrations  ot  Br2,  Cl2,  and  BrCl? 

15.45  At  373  K,  Kp  =  0.4  Id  lor  the  equilibrium 

2  NOBr(x)         2  NO(g)  +  Br2(g) 

If  the  pressures  of  \OBr(0  and  NO(0  are  equal,  what  is 
the  equilibrium  pressure  of  Br^)? 

At  218  C,  K,  ;    1.2  ■   10  1  tor  the  equilibrium |5.4h 

NH4HS(> 

for  the  equil 

■  NH3(0  +  I 
:S(.0 

Calculate  the  equilibrium  concentrations  of  NH3  and 

H2S  if  a  sample  of  solid  \;H4HS  is  placed  in  a  closed 
vessel  and  decomposes  until  equilibrium  is  reached. 

15.47  Consider  the  reaction 
CaS04(s) 

C\r  '((?</)  +  SO4-  (aq) 

At  25  C  the  equilibrium  constant  is  k  2.4  •  10  '  for 
this  reaction,  (a)  It  excess  CaS04(s)  is  mixed  with  water 
at  25  C  to  produce  a  saturated  solution  of  CaSOj ,  what 

are  the  equilibrium  concentrations  of  Ca*"H  and  S04~  1 
(b)  II  the  resulting  solution  has  a  volume  ot  3.0  I  ,  what 
is  the  minimum  mass  ol  CaS04(s)  needed  to  achieve 

equilibrium? 
15.48  At  SOC.K       1.87  ■   10  '  for  the  reaction I'll  ,BCl3(s) 

PH,(.0  +  BCU(g) 

(a)  Calculate  the  equilibrium  concentrations  of  l'l  I  1  and 
BCh  if  a  solid  sample  ol  l'l  I  ,BC  I  •  is  placed  in  a  closed 
vessel  and  decomposes  until  equilibrium  is  reached. 
(b)  If  the  flask  has  a  volume  of  0.500  I  ,  what  is  the  mini- 

mum mass  of  PH3BCl3(s)  that  must  be  added  to  the 

flask  to  <h  hie\  e  equilibrium 1 
15.49  For  the  reaction  l2(g)  I  Br2(g)  ■  -  2  \Br(g),  K,  =  2S0 

at  150  C.  Suppose  that  0.500  mol  IBr  in  a  1.00-L  flask  is 

allowed  to  reach  equilibrium  .it  150°C.  What  are  the 
equilibrium  c  on(  entrations  ol  IBr,  I  > ,  and  Br2? 

15.50  At  25  C  the  reaction 
CaCr04(i 

Ca  (aq)  -  Cr(  )4  (aq) 

2NO(,0 
N2(.0  +  02(g) 

has  an  equilibrium  constant  K,  7.1  ■  10  .  What  are 
the  equilibrium  concentrations  of  Ca  and  Cr04  in  a 
saturated  solution  of  CaCr04? 

Le  Chatelier's  Principle 
15.51  Consider  the  following  equilibrium,  for  which  AH  <  0: 

2SOz(g)  +  02(g)  2S03(g) 

How  will  each  of  the  following  changes  affect  an  equi- 
librium mixture  of  the  three  gases?  (a)  02(g)  is  added  to 

the  system;  (b)  the  reaction  mixture  is  heated;  (c)  the 
volume  of  the  reaction  vessel  is  doubled;  (d)  a  catalyst  is 
added  to  the  mixture;  (e)  the  total  pressure  of  the  system 

is  increased  by  adding  .1  noble  gas;  (f)  SO  ,(;sq  is  removed 
from  the  system. 

15.52  For  the  following  reaction,  A//       2816  kj: 

6C02(g)  +  6H:0(/)  =^  C6HI206(s)  +  602(g) 

How  is  the  equilibrium  yield  of  Cnll|:0„  affected  by 

(a)  increasing  PC( (b)  increasing  temperature,  (c)  remov- 
ing C02,  (d)  decreasing  the  total  pressure,  (e)  remov  ing 

part  of  the  C6H)206,  (f)  adding  a  catalyst? 
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15.53  How  do  the  following  changes  affect  the  value  of  the 
equilibrium  constant  for  a  gas-phase  exothermic  reac- 

tion: (a)  removal  of  a  reactant  or  product,  (b)  decrease 
in  the  volume,  (c)  decrease  in  the  temperature,  (d)  addi- 

tion of  a  catalyst? 

15.54  For  a  certain  gas-phase  reaction,  the  fraction  of  products 
in  an  equilibrium  mixture  is  increased  by  increasing 
the  temperature  and  increasing  the  volume  of  the  reac- 

tion vessel,  (a)  What  can  you  conclude  about  the 

reaction  from  the  influence  of  temperature  on  the  equi- 
librium? (b)  What  can  you  conclude  from  the  influence 

of  increasing  the  v  olume1 
15.55  Consider  the  following  equilibrium  between  oxides  of 

nitrogen 

3  NO(g)         N02(g)  +  N20(g) 

(a)  Use  data  in  Appendix  C  to  calculate  Af7  for  this  re- 
action, (b)  Will  the  equilibrium  constant  for  the  reaction 

increase  or  decrease  with  increasing  temperature?  Ex- 
plain, (c)  At  constant  temperature  would  a  change  in  the 

volume  of  the  container  affect  the  fraction  of  products  in 
the  equilibrium  mixture? 

15.56  Methanol  (CH3OH)  can  be  made  by  the  reaction  of  CO 
with  H2: 

CO(g)  -t  2H2(g)  =±  CH3OH(g) 

(a)  Use  thermochemical  data  in  Appendix  C  to  calculate  I 
AH   for  this  reaction,  (b)  In  order  to  maximize  the  equi- 

librium yield  of  methanol,  would  you  use  a  high  or  low 

temperature'  (c)  In  order  to  maximize  the  equilibrium 
yield  of  methanol,  would  vou  use  a  high  or  low  pressure? 

Additional  Exercises 

15.57  Both  the  forward  reaction  and  the  reverse  reaction  in  the 

following  equilibrium  are  believed  to  be  elementary 
steps: 

CO(g)  +  Cl2(g)  —  COC1C?)  +  Cl(x) 
At  25  C  the  rate  constants  for  the  forward  and  reverse 

reactions  are  1.4  <  10  ~H  M  's  1  and  9.3  X  1010M_1s_1, 
respectively,  (a)  What  is  the  value  for  the  equilibrium 

constant  at  25°C?  (b)  Are  reactants  or  products  more 
plentiful  at  equilibrium? 

15.58  A  mixture  of  CH4  and  LLO  is  passed  over  a  nickel  cata- 
lyst at  1000  K.  The  emerging  gas  is  collected  in  a  5.00-L 

flask  and  is  found  to  contain  8.62  g  of  CO,  2.60  g  of  H2, 

43.0  g  of  CH4,  and  48.4  g  of  H20.  Assuming  that  equi- 
librium has  been  reached,  calculate  Kc  and  K„  for  the  re- 

action. 

15.59  When  2.00  mol  of  S02C12  is  placed  in  a  2.00-L  flask  at 

303  K,  56",,  of  the  S02C12  decomposes  to  SO:  and  Cl2: 

S02Cl2(g)  =  S02(g)  +  Cl2(g) 

Calculate  Kc  for  this  reaction  at  this  temperature. 
15.60  A  mixture  of  H2,  S,  and  H2S  is  held  in  a  1.0-L  vessel  at 

90°C  until  the  following  equilibrium  is  achieved: 
H2(g)  +  S(s)  H2S(#) 

At  equilibrium  the  mixture  contains  0.46  g  of  H2S  and 

0.40  g  H2.  (a)  Write  the  equilibrium-constant  expression 
for  this  reaction,  (b)  What  is  the  value  of  Kc  for  the  reac- 

tion at  this  temperature?  (c)  Why  can  we  ignore  the 
amount  of  S  when  doing  the  calculation  in  part  (b)? 

15.61  A  sample  of  nitrosyl  bromide  (NOBr)  decomposes  ac- 
cording to  the  equation 

2  NOBr(e)         2  NO(g)  +  Br2(e) 

An  equilibrium  mixture  in  a  5.00-L  vessel  at  100'  C  con- 
tains 3.22  g  of  NOBr,  3.08  g  of  NO,  and  4.19  g  of  Br2. 

(a)  (  alculate  K,  .  (b)  What  is  the  total  pressure  exerted 
by  the  mixture  of  gases? 

15.62  Consider  the  hypothetical  reaction  A(g)  2  B(g).  A 
flask  is  charged  with  0.55  atm  of  pure  A,  after  which  it  is 

allowed  to  rea<  h  equilibrium  at  0°C.  At  equilibrium  the 
partial  pressure  ol  A  is  0.36  atm.  (a)  What  is  the  total 

pressure  in  the  flask  at  equilibrium?  (b)  What  is  the 
value  of  K„? 

15.63  As  shown  in  Table  15.2,  the  equilibrium  constant  for 

the  reaction  N2(g)  +  3  H2(x)  2  NH^)  is  Kp  = 

4.34  X  10  1  at  300  C.  Pure  NH3  is  placed  in  a  1.00-L  flask 
and  allowed  to  reach  equilibrium  at  this  temperature. 
There  are  1.05  g  NH3  in  the  equilibrium  mixture,  (a)  What 
are  the  masses  of  N2  and  H2  in  the  equilibrium  mixture? 
(b)  What  was  the  initial  mass  of  ammonia  placed  in  the 
vessel?  (c)  What  is  the  total  pressure  in  the  vessel? 

15.64  For  the  equilibrium 

IBr(x) 

I2O?)  +  Br2(£) 

Kp  =  8.5  x  10"3  at  150°C.  If  0.025  atm  of  IBr  is  placed  in 
a  2.0-L  container,  what  is  the  partial  pressure  of  this  sub- 

stance after  equilibrium  is  reached? 
15.65  For  the  equilibrium 

PH3BCl3(s)  =  PH3(g)  +  BCHg) 

Kp  =  0.052  at  60°C.  (a)  Calculate  Kc.  (b)  Some  solid 
PH3BCI,  is  added  to  a  closed  0.500-L  vessel  at  60°C;  the 
vessel  is  then  charged  with  0.0128  mol  of  BCl3(e). 
What  is  the  equilibrium  concentration  of  PH3? 

[15.66]  Solid  NH4HS  is  introduced  into  an  evacuated  flask  at 

24°C  The  following  reaction  takes  place: 

NH4HS(s)  =  NH3(g)  +  H2S(g) 

At  equilibrium  the  total  pressure  (for  NH3  and  H2S 

taken  together)  is  0.614  atm.  What  is  K„  for  this  equilib- 

rium at  24°C? 
[15.67]  A  0.831-g  sample  of  SO3  is  placed  in  a  1.00-L  container  and 

heated  to  1100  K.  The  SO3  decomposes  to  S02  and  02: 

2  S03(g)  =  2  S02(g)  +  Oz(g) 

At  equilibrium  the  total  pressure  in  the  container  is 
1.300  atm.  Find  the  values  of  Kp  and  Kc  for  this  reaction 
at  1100  K. 

15.68  Nitric  oxide  (NO)  reacts  readily  with  chlorine  gas  as 
follows: 

2  NO(e)  +  C\2(g)         2  NOCl(e) 
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At  700  K  the  equilibrium  constant  kr  fur  this  reaction 
is  0.26.  Predict  the  behavior  of  each  of  the  following 

mixtures  at  this  temperature:  (a)/'\()  0.15atm, 
Pa2  =  0.31  atm,  and  PNOci  0.11  atm;  (b)  PNO 
0.12  atm,  PC|,  O.lOatm,  and  PN(Xi  0.050 atm; 

(c)  PNO  =  0.15~atm,  PC\2  =  0.20atm,  and  PNOci 5.10  •  10  atm. 
15.69  At  MOO  C  ,  K,  =  0.0108  for  the  reaction 

CaC03(s)         CaO(s)  •  C02(#) 

A  mixture  of  CaC03,  C  aO,  and  C02  is  placed  in  a  10. 0-1 
vessel  <)t  MOO  C  .  l  or  the  follow  mg  mixtures,  w  ill  the 
amount  ol  CaCC>3  increase,  decrease,  or  remain  the 
same  as  the  system  approaches  equilibrium? 
(a)  l5.0gCaCO3,  15.0  gCaO,  and  4.25  gCO: 
(b)  2.30  g  CaC03,  2^.0  g  C  a( ),  and  5.66  g  C02 
(c)  30.5  g  CaC03,  23.3  g  CaO,  and  6.48  g  C(  )2 

15.70  Nickel  carbonyl,  \i(C())|.  is  an  extremely  toxic  liquid 
with  a  low  boiling  point.  Nickel  carbonyl  results  from 
the  reaction  of  nickel  metal  w  ith  carbon  monoxide,  lor 

temperatures  above  the  boiling  point  (42.2  C)  ol 
Ni(CO)t,  the  reaction  is 

Ni(s)  •  4  CO(tf)  -     ■  Ni(CO)4(#) 

Nickel  that  is  more  than  99.9'Xi  pure  tan  he  produced  by 
the  carbonyl  process:  Impure  nickel  combines  w  ith  CO  at 

50 "C  to  produce  Ni(CO) ,(,e).  I  he  Ni(CO),  is  then  heated 
to  200'C,  causing  it  to  decompose  back  into  \i(--)  and 
C  (  >(;s').  (a)  Write  the  equilibrium-constant  expression  for 
the  formation  of  Ni(CO)o  (b)  Given  the  temperatures 
used  for  the  steps  in  the  carbonyl  process,  do  you  think 
the  formation  reaction  is  endothermic  or  exothermic? 

(c)  In  the  early  days  ol  automobiles,  nickel-plated  ex- 
haust pipes  were  used.  Even  though  the  equilibrium 

constant  for  the  formation  of  Ni(CO).)  is  very  small  .it  the 
temperature  ol  automotive  exhaust  gases,  the  exhaust 
pipes  quickly  corroded.  Explain  why  this  on  urred. 

15.71  NiO  is  to  be  reduced  to  nickel  metal  in  an  industrial 

process  by  use  ol  the  reaction 

NiO(s)  +  CO(x)  =^  Ni(s)  +  C02(g) 

At  1600  K  the  equilibrium  constant  for  the  reaction  is 

Kr  =  6.0  •   10:.  It  a  CO  pressure  of  150  torr  is  to  be 
employed  in  the  furnace  and  total  pressure  never  ex- 

ceeds 760  torr,  w  ill  reduction  occur? 

[15.721  At  700  K  the  equilibrium  constant  lor  the  reaction 

CCl4{g)  ̂ =  C(s)  +  2Cl2(g) 

is  Kp  =  0.7b.  A  flask  is  charged  w  ith  2.00  atm  of  CC14, 
which  then  reaches  equilibrium  at  700  K.  (a)  What  frac- 

tion of  the  CO 4  is  converted  into  C  and  Cl2?  (b)  What 
are  the  partial  pressures  of  CCI  (  and  Cl2  at  equilibrium  ? 

[15.73]  The  reaction  PC13(#)  I  Ch(g)  PC15(£)  has  K,, 
0.0S70  at  300  C.  A  flask  is  charged  with  0.50  atm  PC13, 

0.50atmCl2,  and  0.20  atm  PCI5  at  this  temperature 
(a)  I  se  the  reaction  quotient  to  determine  the  direction 
the  reaction  must  proceed  in  order  to  reach  equilibrium. 
(b)  Calculate  the  equilibrium  partial  pressures  ot  the 
gases  (c)  What  effect  w  ill  increasing  the  volume  of 

the  system  have  on  the  mole  fraction  of  Cl2  in  the  equi- 
librium mixture?  (d)  1  he  reaction  is  exothermic.  What 

effect  w  ill  inc  reasing  the  temperature  of  the  system  have 
on  the  mole  traction  ol  CE  in  the  equilibrium  mixture? 

|15.74|  An  equilibrium  mixture  ot  H2,  l2,  and  I II  at  43S  C  con- 
tains 0.112  mol  H2,  0.1  12  mol  l2,  and  0.773  mol  I  II  in  a 

3.00-1  vessel.  What  are  the  equilibrium  partial  pressures 
when  equilibrium  is  reestablished  following  the  addi- 

tion ol  0.100  mol  ot  1111 
115.751  Consider  the  hypothetical  reaction  A(tf)  f-  2  Bfy) 

2  C(g),  for  which  K,  0.23  at  some  temperature.  \  1.00- 
I  reaction  v  essel  is  loaded  w  ith  1.00  mol  of  compound 

C,  which  is  allowed  to  reach  equilibrium.  I  et  the  vari- 
able v  represent  the  number  of  mol  1  ol  compound  A 

present  at  equilibrium,  (a)  In  terms  ol  \,  what  are  the 
equilibrium  concentrations  ol  compounds  B  and  C  ? 
(b)  What  limits  must  be  pLu  ed  on  the  value  of  \  so  that 

all  concentrations  are  positive-?  (c)  By  putting  the  equi- 
librium concentrations  (in  terms  ol  \)  into  the 

equilibrium-constant  expression,  derive  an  equation 
that  can  be  solved  lor  v.  (d)  I  he  equation  from  part  (c) 

is  a  cubic  equation  (one  th.it  has  the  form 

ax '  ■+  bx  +  cx  +  d  0).  In  general,  c  ubic  equations 
cannot  be  solved  in  c  losed  form.  I  low  ever,  you  c  an  esti- 

mate the  solution  bv  plotting  the  cubic  equation  in  the 
allowed  range  of  a  that  you  specified  in  part  (b).  I  he 

point  at  which  the  cubic  equation  crosses  the  \-axis  is 
the  solution,  (e)  From  the  plot  in  part  (d),  estimate  the 
equilibrium  concentrations  ol  A,  B,  and  C  .  {Hint:  You 
can  check  the  accuracy  ol  your  answer  bv  substituting 
these  concentrations  into  the  equilibrium  expression  ! 

15.76  At  1200  k,  the  approximate  temperature  ot  automobile 
exhaust  gases  (Figure  15.16),  K.,  for  the  reac  tion 

2CO:(,.S0  =  2CO(X)  '  02(ff) 

is  about  I  ■  10  .  Assuming  that  the  exhaust  gas  (total 

pressure  1  atm) contains 0.2% CO,  l2%C02,and  3",,0; 
bv  v  olume,  is  the  system  .it  equilibrium  with  respect  to 

the  above  reaction'  based  on  your  conclusion,  would 
the  CO  concentration  in  the  exhaust  be  de(  reased  or  in- 

creased bv  a  catalyst  that  speeds  up  the  reaction  above? 
15.77  Suppose  that  v  ou  worked  at  the  U.S.  Patent  Offi(  e  and  a 

patent  appli<  ation  came  across  your  desk  1  laiming  that 
a  newly  developed  catalyst  was  much  superior  to  the 
I  laber  catalyst  for  ammonia  synthesis  because  the  cata- 

lyst led  to  much  greater  equilibrium  conversion  ol  \> 
and  H2  into  NH3  than  the  I  laber  catalyst  under  the 
same  conditions.  What  would  be  your  response? 
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Integrative  Exercises 

15.78  Consider  the  following  equilibria  in  aqueous  solution: 

(i)  Na(s)  +  AgVq)         Na  '(<?</)  +  Ag(s) 

(ii)  3Hg(/)  +  2  AL  '(<?</)         3  Hg:  '  (,?«/)  +  2  Al(s) 

(iii)  Zn(s)  +  2  H'(^/)  Zn2+(fl£/)  +  H2(g) 
(a)  For  each  reaction,  write  the  equilibrium-constant  ex- 

pression for  K,  .  (b)  Using  information  provided  in  Table 
4.5,  predict  whether  K,  is  large  (Kc  »  1)  or  small 

(X,  <  1).  Explain  your  reasoning,  (c)  At  25°C  the 
reaction  Cd(s)  +  ¥e2+(aq)  Cd2 '  (aq)  \  Fe(s)  has 
K,  =  6  x  10  2.  If  Cd  were  added  to  Table  4:5,  would 
you  expect  it  to  be  above  or  below  iron?  Explain. 

15.79  Silver  chloride,  AgCl(s),  is  an  insoluble  strong  elec- 
trolyte, (a)  Write  the  equation  for  the  dissolution  of 

AgCl(s)  in  H20(/).  (b)  Write  the  expression  for  K(  for  the 
reaction  in  part  (a),  (c)  Based  on  the  thermochemical 

data  in  Appendix  C  and  Le  Chatelier's  principle,  predict 
whether  the  solubility  of  AgCl  in  H20  increases  or  de- 

creases with  increasing  temperature. 
15.80  The  hypothetical  reaction  A  +  B  C  occurs  in  the 

forward  direction  in  a  single  step.  The  energy  profile  of 
the  reaction  is  shown  in  the  drawing,  (a)  Is  the  forward 
or  reverse  reaction  faster  at  equilibrium?  (b)  Would  you 
expect  the  equilibrium  to  favor  reactants  or  products? 

(c)  In  general,  how  would  a  catalyst  affect  the  energy- 
profile  shown?  (d)  How  would  a  catalyst  affect  the  ratio 
of  the  rate  constants  for  the  forward  and  reverse  reac- 

tions? (e)  How  would  you  expect  the  equilibrium  con- 
stant of  the  reaction  to  change  with  increasing 

temperature? 

Reaction  pathway 

115.811  Consider  the  equilibrium  A  -  B,  in  which  both  the 
forward  and  reverse  reactions  are  elementary  (single- 
step)  reactions.  Assume  that  the  only  effect  of  a  catalyst 
on  the  reaction  is  to  lower  the  activation  energies  of  the 
forward  and  reverse  reactions,  as  shown  in  Figure  15.15. 
Using  the  Arrhenius  equation  (Section  14.5),  prove  that 
the  equilibrium  constant  is  the  same  for  the  catalyzed 
reaction  as  for  the  uncatalyzed  one. 

115.821  At  25°C  the  reaction 
NH4HS(s) NH3(g)  +  H2S(g) 

has  Kp  0.120.  A  5.00-L  flask  is  charged  with  0.300  g  of 

pure  H2S(£)  at  25°C.  Solid  NH4HS  is  then  added  until 
there  is  excess  unreacted  solid  remaining,  (a)  What  is 
the  initial  pressure  of  H2S(g)  in  the  flask?  (b)  Why  does 
no  reaction  occur  until  NIH4HS  is  added?  (c)  What  are 

the  partial  pressures  of  NH->  and  H2S  at  equilibrium? 

(d)  What  is  the  mole  frac  tion  of  H2S  in  the  gas  mixture 
at  equilibrium?  (e)  What  is  the  minimum  mass,  in 
grams,  of  NH4HS  that  must  be  added  to  the  flask  to 
achieve  equilibrium? 

|15.83|  Write  the  equilibrium-constant  expression  for  the 

equilibrium C(s)  +  co2(g) 

2  CO(x) 

The  table  included  below  shows  the  relative  mole  per- 
centages of  C02(g)  and  CO(x)  at  a  total  pressure  of  1  atm 

for  several  temperatures.  Calculate  the  value  of  K„  at 

each  temperature.  Is  the  reaction  exothermic  or  en- 
dothermic?  Explain. 

Temperature  (°C) 

co2 

(mol  %) CO (mol  %) 

850 6.23 
93.77 

950 
1.32 

98.68 

1050 
0.37 

99.63 

1200 
0.06 99.94 

15.84  In  Section  1 1 .5  we  defined  the  vapor  pressure  of  a  liquid 

in  terms  of  an  equilibrium,  (a)  Write  the  equation  repre- 
senting the  equilibrium  between  liquid  water  and  water 

vapor,  and  the  corresponding  expression  for  Kp.  (b)  By- 
using  data  in  Appendix  B,  give  the  value  of  Kp  for  this 
reaction  at  30  C.  (c)  What  is  the  value  of  K„  for  any  liq- 

uid in  equilibrium  with  its  vapor  at  the  normal  boiling 

point  of  the  liquid? 
[15.851  Polyvinyl  chloride  (PVC)  is  one  of  the  most  commercial- 

ly important  polymers  (Table  12.4).  PVC  is  made  by  ad- 
dition polymerization  of  vinyl  chloride  (C2H3CI).  Vinyl 

chloride  is  synthesized  from  ethylene  (C2H4)  in  a  two- 
step  process  involving  the  following  equilibria: 

Equilibrium  1:    C2H4(g)  +  Cl2(g)  C2H4Cl2(g) 

Equilibrium  2:  C2H4Cl2(g)  C2H3Cl(g)  +  HCl(g) 

The  product  of  Equilibrium  1  is  1,2-dichloroethane,  a 
compound  in  which  one  CI  atom  is  bonded  to  each  C 
atom,  (a)  Draw  Lewis  structures  for  C2H4C12  and 

C2H^C1.  What  are  the  C  —  C  bond  orders  in  these  two 
compounds?  (b)  Use  average  bond  enthalpies  (Table 

8.4)  to  estimate  the  enthalpy  changes  in  the  two  equilib- 
ria, (c)  How  would  the  yield  of  C2H4C12  in  Equilibrium 

1  vary  with  temperature  and  volume?  (d)  How  would 

the  yield  of  C2H3C1  in  Equilibrium  2  vary  with  tempera- 
ture and  volume?  (e)  Look  up  the  normal  boiling  points 

of  1,2-dichloroethane  and  vinyl  chloride  in  a  source- 
book, such  as  the  CRC  Handbook  of  Chemistry  and  Physics. 

Based  on  these  data,  propose  a  reactor  design  (analo- 
gous to  Figure  15.12)  that  could  be  used  to  maximize 

the  amount  of  QH3G  produced  by  using  the  two 

equilibria. 
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eMEDIA  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKev  or  the  Companion  Website,  and  on  your  Accel- 

erator CD.  Access  to  these  resources  comes  in  your  MediaPak. 
15.86  You  can  choose  starting  concentrations  for  reactants  in 

the  Chemical  Equilibrium  activity  (75.7).  (a)  Write  the 

equilibrium-constant  expression  for  the  reaction  in  the 
simulation,  (b)  Calculate  the  value  ol  the  equilibrium 
constant,  (c)  Dot's  this  reaction  lie  to  the  right  or  to  the 

left7 
15.87  Using  the  equilibrium  constant  that  you  calculated  in  the 

previous  question  for  the  reaction  in  the  Chemical  Equi- 
librium activity  (75.7),  predict  what  the  equilibrium  con- 

centrations of  reactants  and  products  will  be  if  you  start 

with  (1.0007  M  R-^Uh])  and  0.0004  M  SCN  (nq).  Use  the 
simulation  to  check  your  answer. 

15.88  The  significance  of  an  equilibrium  constant's  magnitude 
is  illustrated  in  the  Equilibrium  Constant  activity 
(75.2).  Select  the  A  ■  B  reaction,  and  carry  out  sever- 

al experiments  with  varying  starting  concentrations  and 

varying  equilibrium  constants.  Because  reactants  are  fa- 

vored when  K,  is  very  small,  is  it  possible  to  enter  a  ver\ 
small  value  for  K,  ,  start  with  only  A  (no  B),  and  still 

have  only  A  at  equilibrium1  Explain. 
15.89  In  Exercise  15.34  you  calculated  k,.  for  the  reaction 

N204(£)  ;==;  2  N02(s).  (a)  Which  of  the  reactions  in 
the  Equilibrium  Constant  activity  ( 75.2)  best  represents 
the  equilibrium  between  N:04(x)  and  2  N02(x)7 
(b)  Using  the  simulation,  enter  the  K.,  value  from  Exer- 

cise 15.34  and  experiment  with  various  starting  concen- 
trations ol  reactant  and  products.  Can  you  select 

starting  concentrations  of  reactants  and  products  such 
that  no  change  in  concentrations  is  observed?  Explain. 

15.90  Consider  the  A  B  and  A  2  B  reactions  in  the 

Equilibrium  Constant  activity  (75.2).  Assume  that  A 
and  B  are  both  gases,  that  A  ■  B  is  an  exothermic  re- 

action, and  that  A  ■  15  is  an  endothermic  reaction. 
For  both  reactions,  state  the  effect  that  each  of  the  fol- 

lowing changes  would  have  on  the  value  of  K,  ,  the  con- 
centration ol  B  at  equilibrium,  and  the  rate  ot  the 

reaction:  (a)  increased  temperature,  (b)  increased  pres- 
sure, and  (c)  addition  of  a  catalyst. 
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WHAT'S  AHEAD 

•  We  sta  i  t  by  reviewing  the  Arrhenius 
definitions  of  acid  and  base. 
(Section  16.1) 

•  We  then  learn  the  more  general 

Bronsted-Lowry  definitions  for  acid 
and  base.  A  Bronsted-Lowry  acid  is 
a  proton  donor  and  a  Bronsted-Lowry 
base  is  a  proton  acceptor.  (Section  lb. 2) 

•  The  conjugate  base  of  a 
Bronsted-Lowry  acid  is  what 
remains  after  the  acid  has  donated  a 

proton.  Similarly,  the  conjugate  acid  of 
a  Bronsted-Lowry  base  is  the  species 
that  results  when  the  base  accepts  a 
proton.  Two  species  that  differ  h\  the 
presence  or  absence  of  a  proton 
are  known  as  a  conjugate  acid- 
base  pair.  (Section  16.2) 

•  Autoionization  of  water 

produces  small  concentrations 

of  H3Oh  and  OH   ions.  The 
equilibrium  constant  for 
autoionization,  Kw,  defines  the 

relationship  betw  een  II  O  and 
OH   concentrations  in  aqueous 
solutions.  (Section  16.3) 

•  The  pH  scale  (  pH  =  -log[H  ] )  is 
used  to  describe  the  acidity  or 
basicity  of  a  solution.  (Section  16.4) 

•  Strong  acids  and  bases  are  those  that 
ionize  or  dissociate  completely  in 
aqueous  solution,  whereas  weak 
acids  and  bases  ionize  only  partially. 
(Section  16.5) 

•  We  learn  that  the  ionization  of  a 
weak  acid  in  water  is  an  equilibrium 
process  with  an  equilibrium  constant 
Ka,  which  can  be  used  to  calculate 
the  pi  I  of  a  weak  acid  solution. 
(Section  16.6) 

•  Likewise,  ionization  of  a  weak  base 
in  water  is  an  equilibrium  process 
with  equilibrium  constant  Kj,,  which 
can  be  used  to  calculate  the  pH  of  a 
weak  base  solution.  (Section  16.7) 

There  is  a  relationship  between  the 

K„  and  K/,  of  any  conjugate  acid-base 
pair:  Ka  X  Kh  =  Kir.  (Section  16.8) 
The  ions  of  a  salt  can  serve  as 

Bronsted-Lowry  acids  or  bases. 
(Section  16.9) 

We  continue  by  exploring  the 

relationship  between  chemical 
structure  and  acid-base  behavior. 
(Section  16.10) 

Finally,  we  learn  the  l.eiei< 
definitions  of  acid  and  base.  A  Lew! 
acid  is  an  electron  acceptor,  and  a 
Lewis  base  is  an  electron  donor. 
(Section  16.11) 



Acid-Base  Equilibria 

WHAT'S  THE  SOUREST  FOOD  YOU'VE  EVER  TASTED?  Citrus  fruit, 

such  as  the  lemons  shown  in  the  chapter-opening 

photograph?  Sour  cherries?  Rhubarb?  The  sour 

taste  of  foods  is  due  primarily  to  the  presence  of 

acids.   Citric  acid   (H^C^H^Oy),   malic  acid 

(H2C4H4OO,  oxalic  acid  (H2C2O4),  and  ascorbic  acid,  also  known  as 

vitamin  C  (HC^H^O,,),  arc  present  in  many  fruits  as  well  as  in  cer- 
tain vegetables  such  as  rhubarb  and  tomatoes. 
Acids  and   bases  are  important  in   numerous  chemical 

processes  that  occur  around  us,  from  industrial  processes  to  bi- 
ological ones,  from  reactions  in  the  laboratory  to  those  in  our 

environment.  The  time  required  tor  a  metal  object  immersed 
in  water  to  corrode,  the  ability  of  an  aquatic  environment 

to  support  fish  and  plant  life,  the  fate  of  pollutants 

washed  out  of  the  air  by  rain,  and  even  the  rates  of  re- 
actions that  maintain  our  lives  all  critically  depend 

upon  the  acidity  or  basicity  of  solutions.  Indeed,  an 
enormous  amount  of  chemistry  can  be  understood 

in  terms  of  acid-bast.'  reactions. 
We  have  encountered  acids  and  bases  many 

times  in  earlier  discussions.  For  example,  a 

portion  of  Chapter  4  focused  on  their  reac- 
tions.  But  what  makes  a  substance  behave 

*  as  an  acid  or  as  a  base?  In  this  chapter  we 
reexamine  acids  and  bases,  taking  a 

closer  look  at  how  they  are  identified 
and  characterized.  In  doing  so,  we 
will  consider  their  behavior  not 

only  in  terms  of  their  structure 
and  bonding  but  also  in  terms  of 

the    chemical    equilibria  in 
which  they  participate. 

VARIETIES  OF  CITRUS  FRUITS  (oranges,  limes,  lemons,  and  tangerines) 

FoodPix/Getty  Images,  Inc.  -  FoodPix 
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16.1  I  Acids  and  Bases:  A  Brief  Review 

From  the  earliest  days  of  experimental  chemistry,  scientists  have  recognized 
acids  and  bases  by  their  characteristic  properties.  Acids  have  a  sour  taste  and 
cause  certain  dyes  to  change  color  (tor  example,  litmus  turns  red  on  contact 
with  acids).  Indeed,  the  word  acid  comes  from  the  Latin  word  acidus,  meaning 
sour  or  tart.  Bases,  in  contrast,  have  a  bitter  taste  and  feel  slippery  (soap  is  a 
good  example).  The  word  base  comes  from  an  old  English  meaning  of  the  word, 

which  is  "to  bring  low."  (We  still  use  the  word  debase  in  this  sense,  meaning  to 
lower  the  value  of  something.)  When  bases  are  added  to  acids,  they  lower  the 
amount  of  acid.  Indeed,  when  acids  and  bases  are  mixed  in  certain  proportions, 
their  characteristic  properties  disappear  altogether. 

Historically,  chemists  have  sought  to  relate  the  properties  of  acids  and 
bases  to  their  compositions  and  molecular  structures.  By  1830  it  was  evident 

that  all  acids  contain  hydrogen  but  not  all  hydrogen-containing  substances  are 
acids.  In  the  1880s  the  Swedish  chemist  Svante  Arrhenius  (1859-1927)  linked 

acid  behavior  with  the  presence  of  H+  ions,  and  base  behavior  with  the  pres- 
ence of  OH  ions  in  aqueous  solution.  He  defined  acids  as  substances  that  pro- 

duce H+  ions  in  water,  and  bases  as  substances  that  produce  OH  ions  in  water. 
Indeed,  the  properties  of  aqueous  solutions  of  acids,  such  as  sour  taste,  are  due 

to  H+(<?(/),  whereas  the  properties  of  aqueous  solutions  of  bases  are  due  to 

OU~(nq).  Over  time  the  Arrhenius  concept  of  acids  and  bases  came  to  be  stated 
in  the  following  way:  Acids  are  substances  that,  when  dissolved  in  water,  increase  the 

concentration  of  H+  ions.  Likewise,  bases  are  substances  that,  when  dissolved  in 

water,  increase  the  concentration  of  OH'  ions. 
Hydrogen  chloride  is  an  Arrhenius  acid.  Hydrogen  chloride  gas  is  highlv 

soluble  in  water  because  of  its  chemical  reaction  with  water,  which  produces  i 

hydrated  H+  and  CP  ions: 

HCl(g)  — H+(aq)  +  CV(aq)  [16.1] 

The  aqueous  solution  of  HC1  is  known  as  hydrochloric  acid.  Concentrated  hy- 
drochloric acid  is  about  37%  HC1  by  mass  and  is  12  M  in  HC1.  Sodium  hydrox- 

ide, on  the  other  hand,  is  an  Arrhenius  base.  Because  NaOH  is  an  ionic 

compound,  it  dissociates  into  Na+  and  OH~  ions  when  it  dissolves  in  water, 

thereby  releasing  OH~  ions  into  the  solution. 

Q    GiVE  IT  SOME  THOUGHT 
What  two  ions  are  central  to  the  Arrhenius  definitions  of  acids  and  bases? 

16.2  |  Brensted-Lowry  Acids  and  Bases  

The  Arrhenius  concept  of  acids  and  bases,  while  useful,  has  limitations.  For  one 
thing,  it  is  restricted  to  aqueous  solutions.  In  1923  the  Danish  chemist  Johannes 

Bronsted  (1879-1947)  and  the  English  chemist  Thomas  Lowry  (1874-1936)  in- 

dependently proposed  a  more  general  definition  of  acids  and  bases.  Their  con- 

cept is  based  on  the  fact  that  acid-base  reactions  involve  the  transfer  of  H+  ions from  one  substance  to  another. 

The  H+  Ion  in  Water 

In  Equation  16.1  hydrogen  chloride  is  shown  ionizing  in  water  to  form  H+(aq). 
An  ion  is  simply  a  proton  with  no  surrounding  valence  electron.  This  small,  pos- 

itively charged  particle  interacts  strongly  with  the  nonbonding  electron  pairs  of 
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water  molecules  to  form  hvdrated  hvdrogen  ions.  For  example,  the  interaction 

of  a  proton  with  one  water  molecule  forms  the  hvdronium  ion,  H  \0+{aq): 

H  '  4-  :Q— H 

I  I 

16. 

The  formation  ot  hvdronium  ions  is  one  of  the  complex  features  of  the  in- 

teraction of  the  H  '  ion  with  liquid  water.  In  fact,  the  H  jOH  ion  can  form  hydro- 
gen bonds  to  additional  H^O  molecules  to  generate  larger  clusters  of  hvdrated 

hydrogen  ions,  such  as  1  h02   and  H^O^  (Figure  16.1  ►). 

Chemists  use  11  '  (aq)  and  H-O  (<"/)  interchangeably  to  represent  the  same 
thing — namely  the  hvdrated  proton  that  is  responsible  for  the  characteristic 
properties  of  aqueous  solutions  of  acids.  We  often  use  the  H  (tit])  ion  for  sim- 

plicity and  convenience,  as  we  did  in  Equation  16.1.  The  H^O+(aq)  ion,  howev  - 
er, more  closely  represents  reality. 

H  H 

\i:  •(/ 

/  '••   /  \ 

H         H  HJ 

H5(V (a) 

Proton-Transfer  Reactions 

When  we  closely  examine  the  reaction  that  occurs  when  HC1  dissolves  in  water, 
we  find  that  the  HC1  molecule  actually  transfers  an  11  ion  (a  proton)  to  a  water 
molecule  as  depicted  in  Figure  16.2  ▼.  Thus,  we  can  represent  the  reaction  as 
occurring  between  an  HCI  molecule  and  a  water  molecule  to  form  hvdronium 
and  chloride  ions: 

HCl(x)  +  H20(/) H30  '(aq)  +  CI  {aq) 

The  polar  FhO  molecule  promotes  the  ionization  of  acids  in  water  solution  by 
accepting  a  proton  to  form  H  O  . 

Bronsted  and  Lowry  proposed  defining  acids  and  bases  in  terms  of  their 
ability  to  transfer  protons.  According  to  their  definition,  an  acid  is  a  substance 
(molecule  or  ion)  that  can  donate  a  proton  to  another  substance.  Likewise,  a  base  is  a 

substance  that  can  accept  a  proton.  Thus,  when  HCI  dissolves  in  water  (Equa- 
tion 16.3),  HCI  acts  as  a  Bronsted-Lowry  acid  (it  donates  a  proton  to  I  1 :0),  and 

H2O  acts  as  a  Bronsted-Lowry  base  (it  accepts  a  proton  from  HCI). 
Because  the  emphasis  in  the  Bronsted-Lowrv  concept  is  on  proton  transfer, 

the  concept  also  applies  to  reactions  that  do  not  occur  in  aqueous  solution. 
In  the  reaction  between  HCI  and  NH^,  for  example,  a  proton  is  transferred 
from  the  acid  HCI  to  the  base  N H  - : 

II 

:Q — H  +  :N  — H 

I  I 

:C  I:  i 

I  I 
■N  — H 

H 

[16.4] 

►  Figure  16.2  A  proton-transfer 
reaction.  When  a  proton  is  transferred  from  HCI 
to  H20,  HCI  acts  as  the  Bronsted-Lowry  acid  and 
H20  acts  as  the  Bronsted-Lowry  base. 

H  + 

H 

X 
H 

I  I 

I  I 
I  I 

o: 

:o 

1 1 

1 1  H 

V 

I  I 
H— 6: 

1 1 

IT,Q4 

(b) 

A  Figure  16.1    Hydrated  hydronium  ions. 
Lewis  structures  and  molecular  models  for  H502 
and  H904  .  There  is  good  experimental  evidence 
for  the  existence  of  both  these  species. 
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▲  Figure  16.3   A  gas-phase  acid-base 
reaction.  The  HCI(g)  escaping  from  concentrated 
hydrochloric  acid  and  the  NH3(g)  escaping  from 
aqueous  ammonia  (here  labeled  ammonium 
hydroxide)  combine  to  form  a  white  fog  of 
NH4CI(s). 

This  reaction  can  occur  in  the  gas  phase.  The  ha/y  film  that  forms  on  the  win- 
dows of  general  chemistry  laboratories  and  on  glassware  in  the  lab  is  largely 

solid  NH4CI  formed  by  the  gas-phase  reaction  of  HQ  and  NH3  (Figure  16.3  4). 

Let's  consider  another  example  that  compares  the  relationship  between  the 
Arrhenius  definitions  and  the  Bronsted-Lowry  definitions  of  acids  and  bases— 
an  aqueous  solution  of  ammonia,  in  which  the  following  equilibrium  occurs: 

NH^ik/)  +  H:0(/) NH4  '(<;</)  +  OH  (aq) [16.5] 

Ammonia  is  an  Arrhenius  base  because  adding  it  to  water  leads  to  an  increase 

in  the  concentration  of  OH~(rt(?).  It  is  a  Bronsted-Lowry  base  because  it  accepts 
a  proton  from  H20.  The  H20  molecule  in  Equation  16.5  acts  as  a  Bronsted- 
Lowrv  acid  because  it  donates  a  proton  to  the  Nl  L,  molecule. 

An  acid  and  a  base  always  work  together  to  transfer  a  proton.  In  other 

words,  a  substance  can  function  as  an  acid  only  if  another  substance  simultane- 

ously behaves  as  a  base.  To  be  a  Bronsted-Lowry  acid,  a  molecule  or  ion  must 

have  a  hydrogen  atom  that  it  can  lose  as  an  H  '  ion.  To  be  a  Bronsted-Lowry 
base,  a  molecule  or  ion  must  have  a  nonbonding  pair  of  electrons  that  it  can  use 

to  bind  the  H  '  ion. 
Some  substances  can  act  as  an  acid  in  one  reaction  and  as  a  base  in  another. 

For  example,  FLO  is  a  Bronsted-Lowry  base  in  its  reaction  with  HC1  (Equa- 
tion 16.3)  and  a  Bronsted-Lowry  acid  in  its  reaction  with  NH3  (Equation  16.5). 

A  substance  that  is  capable  of  acting  as  either  an  acid  or  a  base  is  called 

amphiprotic.  An  amphiprotic  substance  acts  as  a  base  when  combined  with 
something  more  strongly  acidic  than  itself,  and  as  an  acid  when  combined 
with  something  more  strongly  basic  than  itself. 

9 
GIVE  IT  SOME  THOUGHT 

In  the  forward  reaction,  which  substance  acts  as  the  Bronsted-Lowry  base: 

HSO4  (aq)  +  NH3(oq)         S042  (aq)  +  NH4  (aq)l 

Conjugate  Acid-Base  Pairs 
In  any  acid-base  equilibrium  both  the  forward  reaction  (to  the  right)  and  the  re- 

verse reaction  (to  the  left)  involve  proton  transfers.  For  example,  consider  the 
reaction  of  an  acid,  which  we  will  denote  HX,  with  water. 

HX(<7,/)  +  H20(/)  =  X~(aq)  +  H30+(<7</)  [16.6] 
In  the  forward  reaction  HX  donates  a  proton  to  H20.  Therefore,  HX  is  the 

Bronsted-Lowry  acid,  and  H20  is  the  Bronsted-Lowry  base.  In  the  reverse  re- 

action the  H30+  ion  donates  a  proton  to  the  X~  ion,  so  H30+  is  the  acid  and  X~ 
is  the  base.  When  the  acid  HX  donates  a  proton,  it  leaves  behind  a  substance, 

X~,  which  can  act  as  a  base.  Likewise,  when  H20  acts  as  a  base,  it  generates 
H30+,  which  can  act  as  an  acid. 

An  acid  and  a  base  such  as  HX  and  X  that  differ  only  in  the  presence  or  ab- 

sence of  a  proton  are  called  a  conjugate  acid-base  pair.*  Every  acid  has  a 
conjugate  base,  formed  by  removing  a  proton  from  the  acid.  For  example,  OH 
is  the  conjugate  base  of  H20,  and  X  is  the  conjugate  base  of  HX.  Similarly, 
every  base  has  associated  with  it  a  conjugate  acid,  formed  by  adding  a  proton 

to  the  base.  Thus,  H30+  is  the  conjugate  acid  of  H20,  and  HX  is  the  conjugate 

acid  of  X~. 

*  The  word  conjugate  means  "joined  together  as  .1  pair." 
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In  any  acid-base  (proton-transfer)  reaction  we  can  identify  two  sets  of  con- 
jugate acid-base  pairs.  Fur  example,  consider  the  reaction  between  nitrous  acid 

(HN02)  and  water: 

remove  H 

Acid 
HN02((K|)  +  H20(l)^N02  (uq)  +  H3CT  (</</) 

Conjugate    c  onjugato 
base  acid 

16. 

Likewise,  for  the  reaction  between  NH-  and  H2O  (liquation  16.5),  we  have ACTIVITY 

Conjugate  Acids  and  Bases 

NH3(aq)  +  H20(/)^NH4f  (i/(|)  +  OH  (aq) 

16.8] 

And Conjugate base 

remove  H 

Hi  SAMPLE  EXERCISE  16.1  |  Identifying  Conjugate  Acids  and  Bases 

(a)  What  is  the  conjugate  base  of  each  of  the  following  acids:  HCIO^ 

HCO,  ~!  (b)  What  is  the  conjugate  acid  of  each  of  the  following  bases:  C  \ 
I  i;o,  I  IC  C )  ? 

IPS,  I'M 

S(  )> 

Solution 

Analyze:  We  arc  asked  to  give  the  conjugate  base  for  each  ol  .1  series  ol  species  and  to 
give  the  conjugate  acid  for  each  ot  another  series  ot  species. 
Plan:  The  conjugate  base  of  a  substance  is  simply  the  parent  substance  minus  our 
proton,  and  the  conjugate  acid  of  a  substance  is  the  parent  substance  plus  one  proton. 

Solve:  (a)  HCIO4  less  one  proton  (H+)  is  CIO4  .  The  other  conjugate  bases  are  I  IS  , 
Phh,  and  C032  .  (b)  CN  plus  one  proton  (H  )  is  I ICN.  The  other  conjugate  acids 
are  HSO4  ,  H30+,  and  H2C03. 

Notice  that  the  hvdrogen  carbonate  ion  (HCO-,  )  is  amphiprotic:  ll  can  act  as 
either  an  acid  or  a  base 

MM  PRACTICE  EXERCISE 

Write  the  formula  for  the  conjugate  acid  of  each  of  the  following:  1  ISO ,  ,  I  ,  P04  '  ,  C  O. 
Atisxcers:  H2S03,  HF,  HP04:  ,  HCO  ' 

WM  SAMPLE  EXERCISE  16.2  |  Writing  Equations  for  Proton-Transfer  Reactions 

The  hydrogen  sulfite  ion  (HSO3  )  is  amphiprotic.  (a)  Write  an  equation  lor  the  reac- 
tion of  HS03  with  water,  in  which  the  ion  acts  as  an  acid,  (b)  Write  an  equation  for 

the  reaction  of  HSO3  with  water,  in  which  the  ion  acts  as  a  base.  In  both  cases  iden- 
tify the  conjugate  acid-base  pairs. 

Solution 

Analyze  and  Plan:  We  are  asked  to  write  two  equations  representing  reactions  be- 
tween HSOV  and  water,  one  in  which  HSO-,  should  donate  a  proton  to  water,  there- 

by acting  as  a  Bronsted-Lovvrv  acid,  and  one  in  which  I  ISO-,  should  accept  a  proton 
from  water,  thereby  acting  as  a  base.  We  are  also  asked  to  identify  the  conjugate  pairs 
in  each  equation. 
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Solve:  (a) 

HSOt  (aq)  +  H20(/)         SO32  (aq)  *  H,0+(a</) 

rhe  conjugate  pairs  in  this  equation  are  HSO^    (acid)  and  SO32   (conjugate  base); 
and  H2O  (base)  and  H3O"1  (conjugate  acid), 

(b) 

HSO3  (aq)  +  H20(/)         H2S03(fl(7)  +  OH  (aq) 

The  conjugate  pairs  in  this  equation  arc  I  HO  (acid)  and  OH  (conjugate  base), 
and  HSO-,  (hast')  and  H2SO3  (conjugate  acid). 

■i  PRACTICE  EXERCISE 

When  lithium  oxide  (Li20)  is  dissolved  in  water,  the  solution  turns  basic  from  the 

reaction  of  the  oxide  ion  (O-  )  with  water.  Write  the  reaction  that  occurs,  and  identi- 
fy the  conjugate  acid-base  pairs. 

Answer:  O2  (aq)  +  H20(/)  OH  (aq)  +  OH  (aq).  OH  is  the  conjugate  acid  of 
the  base  O   .  Ol  I   is  also  the  conjugate  base  of  the  acid  H20. 
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Relative  Strengths  of  Acids  and  Bases 

Some  acids  are  better  proton  donors  than  others;  likewise,  some  bases  are  better 

proton  acceptors  than  others.  If  we  arrange  acids  in  order  of  their  ability  to  do- 
nate a  proton,  we  find  that  the  more  easily  a  substance  gives  up  a  proton,  the 

less  easily  its  conjugate  base  accepts  a  proton.  Similar- 
ly, the  more  easily  a  base  accepts  a  proton,  the  less  eas- 

~~ 7,  ily  its  conjugate  acid  gives  up  a  proton.  In  other 
£  words,  the  stronger  an  acid,  the  weaker  is  its  conjugate 

base;  the  stronger  a  base,  the  weaker  is  its  conjugate  acid. 
Thus,  if  we  know  something  about  the  strength  of  an 

acid  (its  ability  to  donate  protons),  we  also  know 
something  about  the  strength  of  its  conjugate  base  (its 
ability  to  accept  protons). 

The  inverse  relationship  between  the  strengths  of 

acids  and  the  strengths  of  their  conjugate  bases  is  illus- 
trated in  Figure  16.4  4.  Here  we  have  grouped  acids 

and  bases  into  three  broad  categories  based  on  their 
behavior  in  water. 
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▲  Figure  16.4   Relative  strengths  of  some  conjugate  acid-base  pairs. 
Ihe  two  members  of  each  pair  are  listed  opposite  each  other  in  the  two  columns. 
Ihe  acids  decrease  in  strength  from  top  to  bottom,  whereas  their  conjugate  bases 
increase  in  strength  from  top  to  bottom 

1.  The  strong  acids  completely  transfer  their  protons  to 

water,  leaving  no  undissociated  molecules  in  solu- 
tion. 1  Their  conjugate  bases  have  a 

negligible  tcndenc\  to  be  protonated  (to  abstract 

protons)  in  aqueous  solution. 
2.  The  weak  acids  only  partially  dissociate  in  aqueous 

solution  and  therefore  exist  in  the  solution  as  a  mix- 
ture of  acid  molecules  and  their  constituent  ions. 

The  conjugate  bases  of  weak  acids  show  a  slight 
ability  to  remove  protons  from  water.  (The  conjugate 
bases  of  weak  acids  are  weak  bases.) 

3.  The  substances  with  negligible  acidity  are  those  such 

as  CH4  that  contain  hydrogen  but  do  not  demon- 
strate any  acidic  behavior  in  water.  Their  conjugate 

bases  are  strong  bases,  reacting  completely  with 

water,  abstracting  protons  to  form  OH  ions. 
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Q    GIVE  IT  SOME  THOUGHT 

Using  the  three  categories  above,  specify  the  strength  of  HN03  and  the  strength  of 
its  conjugate  base,  NO3  . 

We  can  think  of  proton-transfer  reactions  as  being  governed  by  the  relative 
abilities  of  two  bases  to  abstract  protons.  For  example,  consider  the  proton 
transfer  that  occurs  when  an  acid  HX  dissolves  in  water: 

HX(aq)  +  H20(7)         HjO+(aq)  *  X  {aq)  [16.9] 

If  H2O  (the  base  in  the  forward  reaction)  is  ,1  stronger  base  than  X  (the  conju- 
gate base  of  HX),  then  I I2O  will  abstract  the  proton  from  HX  to  produce  H^O 

and  X  .  As  a  result,  the  equilibrium  will  lie  to  the  right.  This  describes  the  be- 
havior of  a  strong  acid  in  water.  For  example,  when  HC1  dissolves  in  water,  the 

solution  consists  almost  entirely  of  H3O  and  CI  ions  w  ith  a  negligible  con- 
centration of  HCI  molecules. 

HCI(x)  ■+  H20(/)  >  H30+(fl<7)  +  CI  {aq)  [16.10] 

H2O  is  a  stronger  base  than  CI  (Figure  lo.4),  so  fHO  acquires  the  proton  to  be- 
come the  hydronium  ion. 

When  X  is  a  stronger  base  than  I  H( ),  the  equilibrium  will  lie  to  the  left. 

This  situation  occurs  when  HX  is  a  weak  acid,  l  or  example,  an  aqueous  solu- 
tion of  acetic  acid  (HC2H3O2)  consists  mainly  of  HC2H3O2  molecules  with  only 

a  relatively  few  \  \  ,0  and  C2H3O2  ions. 

HC2H302(aq)  -4  H20(/)  ;==:  H30+(aq)  •  C2H302  {aq)  [16.11] 

C2H^02  is  a  stronger  base  than  H2O  (Figure  lh.4)  and  therefore  abstracts  the 

proton  from  H  ,Q  .  From  these  examples,  we  conclude  that  in  even/  acid-base  re- 
al Hon  the  position  of  the  equilibrium  favors  transfer  of  the  proton  to  the  stronger  base. 

That  is,  the  position  of  the  equilibrium  favors  the  reaction  of  the  stronger  acid 
and  the  stronger  base  to  form  the  weaker  acid  and  the  weaker  base.  As  a  result, 
the  equilibrium  mixture  contains  more  of  the  weaker  acid  and  weaker  base  and 
less  of  the  stronger  acid  and  stronger  base. 

■■  SAMPLE  EXERCISE  16.3  |  Predicting  the  Position 
of  a  Proton-Transfer  Equilibrium 

For  the  following  proton-transfer  reaction,  use  Figure  16.4  to  predict  whether  the 
equilibrium  lies  predominantly  to  the  left  (that  is,  /\        1 )  or  to  the  right  ( f        I  ): 

HSO4  (aq)  +  CO32  (aq)  =  S042  (aq)  +  HCO,  (aq) 
Solution 

Analyze:  We  are  asked  to  predict  whether  the  equilibrium  shown  lies  to  the  right,  fa- 
voring products,  or  to  the  left,  favoring  reactants. 

Plan:  This  is  a  proton-transfer  reaction,  and  the  position  of  the  equilibrium  will 
favor  the  proton  going  to  the  stronger  of  two  bases.  The  two  bases  in  the  equation 

are  CO3"  ,  the  base  in  the  forward  reaction  as  written,  and  SO4"  ,  the  conjugate  base 
of  HSO4  .  We  can  find  the  relative  positions  of  these  two  bases  in  Figure  lh. 4  to  de- 

termine which  is  the  stronger  base. 
Solve:  CO3  appears  lower  in  the  right-hand  column  in  Figure  1 0.4  and  is  therefore 
a  stronger  base  than  SO4  CO-,"  ,  therefore,  will  get  the  proton  preferentially  to  be- 

come HCO,  ,  while  SO4"  will  remain  mostly  unprotonated.  The  resulting  equilibri- 
um will  lie  to  the  right,  favoring  products  (that  is,  K,  >  1). 

HSO4  (aq)  +  CO,2  {aq)         S042  {aq)  +  HCO,  {aq)       K,  >  I 
Acid  Base  Conjugate  Conjugate 

base  acid 
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Comment:  Of  the  two  acids  in  the  equation,  IISOt  and  HCO^  ,  the  stronger  one 
gives  up  a  proton  while  the  weaker  one  retains  its  proton.  Thus,  the  equilibrium  fa- 

vors the  direction  in  which  the  proton  moves  from  the  stronger  acid  and  becomes 
bonded  to  the  stronger  base. 

■■  PRACTICE  EXERCISE 

For  each  of  the  following  reactions,  use  Figure  Kv4  to  predict  whether  the  equilibri- 
um lies  predominantly  to  the  left  or  to  the  right: 

(a)  HP042  (aq)  +  H20(/)  H2PO_,  (aq)  +  OH  (aq) 
(b)  NH4H (aq)  I  OH  (aq)  z=±  NH>|)  t  H20(/) 

Ansiucis:  (a)  left,  (b)  right 

16.3  I  The  Autoionization  of  Water 

One  of  the  most  important  chemical  properties  of  water  is  its  ability  to  act  as  ei- 
ther a  Bronsted  acid  or  a  Bronsted  base,  depending  on  the  circumstances.  In  the 

presence  of  an  acid,  water  acts  as  a  proton  acceptor;  in  the  presence  of  a  base, 
water  acts  as  a  proton  donor.  In  fact,  one  water  molecule  can  donate  a  proton  to 
another  water  molecule: 

H  — O:  +  H  —  O: 

H  H 

H  — O  — H 

1 1 

+  :Q  — H  |16.12] 

We  call  this  process  the  autoionization  of  water.  No  individual  molecule  re- 
mains ionized  for  long;  the  reactions  are  extremely  rapid  in  both  directions. 

At  room  temperature  only  about  two  out  of  every  104  molecules  are  ionized  at 
any  given  instant.  Thus,  pure  water  consists  almost  entirely  of  H20  molecules 

and  is  an  extremely  poor  conductor  of  electricity.  Nevertheless,  the  autoioniza- 
tion of  water  is  very  important,  as  we  will  soon  see. 

ACT|V|TY  The  Ion  Product  of  Water 
Kw  Because  the  autoionization  of  water  (Equation  16.12)  is  an  equilibrium  process, 

we  can  write  the  following  equilibrium-constant  expression  for  it: 

Kc  =  [H,Ot][OH~]  [16.13] 

The  term  [H20]  is  excluded  from  the  equilibrium-constant  expression  because 
we  exclude  the  concentrations  of  pure  solids  and  liquids. 

Because  this  equilibrium-constant  expression  refers  specifically  to  the  autoion- 
ization of  water,  we  use  the  symbol  Kw  to  denote  the  equilibrium  constant, 

which  we  call  the  ion-product  constant  for  water.  At  25°C,  Kw  equals 
1.0  x  1CT14.  Thus,  we  have 

Kw  =  [H30+][Ohr]  =  1.0  x  10"14  (at  25°C)  [16.14] 

Because  we  use  H+(aq)  and  H30((7(/)  f  interchangeably  to  represent  the  hy- 
drated  proton,  the  autoionization  reaction  for  water  can  also  be  written  as 

H20(/)         H+(aq)  +  OH~(aq)  [16.15] 

Likewise,  the  expression  for  Kw  can  be  written  in  terms  of  either  H30+  or  H  , 
and  Ku,  has  the  same  value  in  either  case: 

K    =  [H30+][OET]  =  [H+][OhT]  =  1.0  x  10"14  (at  25°C)  [16.16] 
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This  equilibrium-constant  expression  and  the  value  of  Kw  at  25  C  are  extremely 
important,  and  you  should  commit  them  to  memory. 

What  makes  Equation  16. 16  particularly  useful  is  that  it  is  not  only  applica- 
ble to  pure  water  but  also  to  any  aqueous  solution.  Although  the  equilibrium 

between  1 1 '  (aq)  and  Ol  I  (aq)  as  well  as  other  ionic  equilibria  are  affected  some- 
what by  the  presence  of  additional  ions  in  solution,  it  is  customary  to  ignore 

these  ionic  effects  except  in  work  requiring  exceptional  accuracy.  Thus,  Equa- 
tion 16.16  is  taken  to  be  valid  for  anv  dilute  aqueous  solution,  and  it  can  be  used 

to  calculate  either  [H+]  (if  [OH  |  is  known)  or  [OH  ]  (if  |H']  is  known). 
A  solution  in  which  |1  I  |  |(  >l  I  |  is  said  to  be  neutral.  In  most  solutions 

H  '  and  OH  concentrations  are  not  equal.  As  the  concentration  of  one  of  these 
ions  increases,  the  concentration  of  the  other  must  decrease,  so  that  the  product 

of  their  concentrations  equals  1.0  •  10  l4.  In  acidic  solutions  [II  ]  exceeds 

[OH  |.  In  basic  solutions  [OH  |  exceeds  [H+], 

■i  SAMPLE  EXERCISE  16.4  |  Calculating  [H  ]  for  Pure  Water 

Calculate  the  values  of  [H '  |  and  [C  >i  i  |  in  a  neutral  solution  at  23  C. 

Solution 

Analyze:  We  are  asked  to  determine  the  concentrations  of  hydronium  and  hydroxide 
ions  in  a  neutral  solution  at  25,JC 
Plan:  We  will  use  liquation  I  h.  ]  h  and  the  tact  that,  In  delimtion,  [1 1  |  [Oil  |  in  a 
neutral  solution. 

Solve:  We  will  represent  the  concentration  ot  |H  |  and  [(Ml  ]  in  neutral  solution 
with  x.  This  gives 

[II  ||OH  1  =  (.v)(.v)  =  1.0  ■   10  14 

.v2  =  1.0  ■   ID  14 

.V  =  1.0  x  10  7  M  =  [H  |  =  [OH  | 

In  an  acid  solution  [H+]  is  greater  than  1.0  ■  10  '  Al;  in  a  basic  solution  |H  |  is  less 
than  1.0  <  10  7  M 

Wm  PRACTICE  EXERCISE 

Indicate  whether  solutions  with  each  of  the  following  ion  concentrations  are 

neutral,  acidic,  or  basic:  (a) [H  |  =  4  x  10  q  M;  (b)[OH  |  =  1  x  10  7 /VI; 
(c)  [OH  ]  =  7  X  10  13  M. 
Auszuers:  (a)  basic,  (b)  neutral,  (c)  acidic 

■1  SAMPLE  EXERCISE  16.5  |  Calculating  [H  ]  from  [OH  ] 

Calculate  the  concentration  of  H '((?</)  in  (a)  a  solution  in  which  |OH  ]  is  0.0 10  A/1,  (b)  a  solution  in  which  [OH  [is  1.8  ■  10  9  M. 
Note:  In  this  problem  and  all  that  follow,  we  assume,  unless  stated  otherwise,  that  the  temperature  is  23  C. 

Solution 

Analyze:  We  are  asked  to  calculate  the  hydronium  ion  concentration  in  an  aqueous  solution  where  the  hydroxide  concentration 
is  known. 

Plan:  We  can  use  the  equilibrium-constant  expression  for  the  autoioni/ation  ol  water  and  the  value  of  Kw  to  solve  for  each  un- 
known concentration. 

Solve:  (a)  Using  Equation  16.16,  we  [H+][OH  1  =  1.0  ■  10  14 have:  ,, 

,   »,     i.o  ■  10  14     i.o  •  10  14  i, 
H    =     t^„_.     =  — nMn        i.o  ■  lo  12  M [OH  ]  0.010 

This  solution  is  basic  because  [OH  ]  [H+] 
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„    ,     ,  ■  •  rtT+1     1.0  X  10  11      1.0  /  10  14 (b)  In  this  instance  II     =  — r^     ,  =  5.6  x  10  6  M 
[OH  |         1.8  x  10  4 

This  solution  is  acidic  because  [H  'j  >  [OH  ] 

■i  PRACTICE  EXERCISE 

Calculate  the  concentration  of  OH  (aq)  in  a  solution  in  which  (a)  [H+]  =  2  X  10  h  M;(b)[H'[  =  [OH  ];(c)[H  ]  =  100  x  [OH  j. 
Anszvers:  (a)  5  x  10  4  M,  (b)  1.0  x  10~7M,(c)  1.0  ><  10  "8  A/I 

16.4  I  The  pH  Scale 

The  molar  concentration  of  H  '  (<?</)  in  an  aqueous  solution  is  usually  very  small. 
For  convenience,  we  therefore  usually  express  [H  *  ]  in  terms  of  pH,  which  is  the 

negative  logarithm  in  base  10  of  [H+].* 

pH  =  -log[H  J  [16.17] 

If  you  need  to  review  the  use  of  logs,  see  Appendix  A. 

We  can  use  Equation  16.17  to  calculate  the  pH  of  a  neutral  solution  at  25°C 

(that  is,  one  in  which  [H+]  =  1.0  x  10"7  M): 

pH  =  -logd.O  x  1(T7)  =  -(-7.00)  =  7.00 

The  pH  of  a  neutral  solution  is  7.00  at  25  C. 

What  happens  to  the  pH  of  a  solution  as  we  make  the  solution  acidic?  An 

acidic  solution  is  one  in  which  [H~]  >  1.0  x  10"'  M.  Because  of  the  negative 
sign  in  Equation  16.17,  the  pH  decreases  as  [EC]  increases.  For  example,  the  pH  of 

an  acidic  solution  in  which  [EC]  =  CO  X  10"3  M  is 

pH  =  -logd.O  x  10"3)  =  -(-3.00)  =  3.00 

activity  At  23  C  the  pH  of  an  acidic  solution  is  less  than  7.00. 
pH  Estimation  We  can  also  calculate  the  pH  of  a  basic  solution,  one  in  which 

[OH"]  >  CO  x  10~7M.  Suppose  [OEC]  =  2.0  X  10~3  M.  We  can  use  Equa- 
tion lb. 16  to  calculate  [H  "]  for  this  solution,  and  Equation  16.17  to  calculate the  pH: 

Kw        CO  x  10"14  „ 

[OH-]      2.0  x  10~3 

pH  =  -log(5.0  x  10"12)  =  11.30 

At  25°C  the  pH  of  a  basic  solution  is  greater  than  7.00.  The  relationships  among 

[H+],  [OH"],  and  pH  are  summarized  in  Table  16.1  T. 

1  TABLE  16.1 
Relationships  Among  [H+],  [OH-],  and  pH  at  25°C 

Solution  Type             [H+]  (M) [OH"|  (M) 

pH  Value Acidic 

>1.0  x  10"7 
<1.0  x  10~7 

<7.00 

Neutral 
=  1.0  x  10  7 

=  1.0  ■'  10"7 

=7.00 

Basic 

<i.o  x  ur7 

>1.0  x  10~7 

>7.00 

'  Because  |ll  |  and  [H  ;0  |  are  used  interchangeably,  you  might  see  pH  defined  as  -log[tCO~]. 
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<  Figure  16.5  H  '  concentrations  and  pH 
values  of  some  common  substances  at  2S°C. 
The  pH  and  pOH  of  a  solution  can  be  estimated 
using  the  benchmark  concentrations  of  H  and 
OH  corresponding  to  whole-number  pH  values 

4^ 

ACTIVITY 
Acids  and  Bases 

The  pH  values  characteristic  of  several  familiar  solutions  are  shown  in 
Figure  16.5  A.  Notice  that  a  change  in  |l  I  ]  by  a  factor  of  10  causes  the  pi  I  to 
change  by  1 .  Thus,  a  solution  of  phi  6  has  10  times  the  concentration  of  II  (aq) 
as  a  solution  of  pH  7. 

9 GIVE  IT  SOME  Tl 

(a)  What  is  the  significance  of  pH  =  7?  (b)  How  does  the  pH  change  as  OH  is 
added  to  the  solution? 

You  might  think  that  when  [EE  |  is  very  small,  as  it  is  for  some  of  the  exam- 
ples shown  in  Figure  16.5,  it  would  be  unimportant.  Nothing  is  further  from  the 

truth.  If  [H  |  is  part  of  a  kinetic  rate  law,  then  changing  its  concentration  will 

change  the  rate.  Thus,  if  the  rate  law  is  first  order  in  [H  ],  dou- 
bling its  concentration  will  double  the  rate  even  if  the  change  is  merely  from 

1  X  10  M  to  2  X  10  M.  In  biological  systems  many  reactions  involve  proton 

transfers  and  have  rates  that  depend  on  [H'|.  Because  the  speeds  of  these  reac- 
tions are  crucial,  the  pH  of  biological  fluids  must  be  maintained  within  narrow 

limits.  For  example,  human  blood  has  a  normal  pH  range  of  7.35  to  7.45.  Illness 
and  even  death  can  result  if  the  pH  varies  much  from  this  narrow  range. 

A  convenient  way  to  estimate  pH  is  to  use  the  "benchmark"  H  '  concentra- 
tions in  Figure  16.5,  those  for  w  hich  [H  ']  equals  I  -  10  \  where  x  is  a  whole 

number  from  0  to  14.  When  [H  ]  is  one  of  these  benchmark  concentrations,  the 

pH  is  simply  the  corresponding  pll  value,  a.  When  [H+]  =  1  >  10  ,  for  exam- 
ple, the  pH  is  simply  4.  When  [FT]  falls  between  two  benchmark  concentra- 

tions, the  pH  will  fall  between  the  two  corresponding  pl  l  values.  Consider  a 

solution  that  is  0.050  M  in  II  .  Because  0.050  (that  is,  5.0  ■  10  2)  is  greater  than 

1.0  x  10-2  and  less  than  1.0  ■  10  we  estimate  the  pH  to  be  between  2.00  and 
1.00.  Using  Equation  16.17  to  calculate  the  pH  gives  1.30. 
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■i  SAMPLE  EXERCISE  16.6  |  Calculating  pH  from  [H  ] 

Calculate  the  pH  values  tor  the  two  solutions  described  in  Sample  Fxercise  16.3. 

Solution 

Analyze:  We  are  asked  to  determine  the  pH  of  aqueous  solutions  for  which  we  have 
already  calculated  |ll  | 
Plan:  We  can  use  the  benchmarks  in  Figure  16.5  to  determine  the  pH  for  part  (a)  and 
to  estimate  pH  for  part  (b).  We  can  then  use  Equation  16.17  to  calculate  pH  for 

part  (b). 
Solve:  (a)  In  the  first  instance  we  found  |H  ]  to  be  1 .0  x  10  12  M.  Although  we  can 
use  Equation  16.17  to  determine  the  pH,  1.0  x  10  12  is  one  of  the  benchmarks  in 
Figure  16.5,  so  the  pH  can  be  determined  without  any  formal  calculation. 

pH  =  -log(1.0  x  10  l2)  =  -(-12.00)  =  12.00 

The  rule  for  using  significant  figures  with  logs  is  that  the  number  of  decimal  place* 
in  the  log  equal*  the  number  of  significant  figures  in  the  original  number  (see  Appendix  A). 

Because  1.0  ■'  10     has  two  significant  figures,  the  pH  h<is  two  decimal  places,  12.00. 
(b)  For  the  second  solution,  [FT]  =  5.6  x  10  h  M.  Before  performing  the 

calculation,  it  is  helpful  to  estimate  the  pH.  To  do  so,  we  note  that  [M  ]  lies  between 

1  x  10  6  and  1  x  10  s. 

1  X  10~h  <  5.6  x  10~6  <  1  x  10  5 

Thus,  we  expect  the  pH  to  lie  between  6.0  and  5.0.  We  use  Equation  16.17  to  cal- 
culate the  pH. 

pH  =  -log  (5.6  x  10 =  5.25 

Check:  After  calculating  a  pH,  it  is  useful  to  compare  it  to  your  prior  estimate.  In  this 
case  the  pH,  as  we  predicted,  falls  between  6  and  5.  Had  the  calculated  pH  and  the  es- 

timate not  agreed,  we  should  have  reconsidered  our  calculation  or  estimate  or  both. 

Note  that  although  [H  *  ]  lies  halfway  between  the  two  benchmark  concentrations,  the 
calculated  pH  does  not  lie  halfway  between  the  two  corresponding  pH  values.  This  is 
because  the  pH  scale  is  logarithmic  rather  than  linear 

Mi  PRACTICE  EXERCISE 

(a)  In  a  sample  of  lemon  juice  [H '  ]  is  3.8  x  10  4  M.  What  is  the  pH?  (b)  A  com- 
monly  available  window-cleaning  solution  has  a  [H+]  of  5.3  X  10~  M.  What  is the  pH? 
Answers:  (a)  3.42,  (b)  8.28 

■1  SAMPLE  EXERCISE  16.7  |  Calculating  [H  ]  from  pH 

A  sample  of  freshly  pressed  apple  juice  has  a  pH  of  3.76.  Calculate  [H 

Solution 

Analyze:  We  need  to  calculate  [H  '  |  from  pH. 
Plan:  We  will  use  Equation  16.17,  pH  =  -log[H  +  ],  for  the  calculation. 

Solve:  From  Equation  16.17,  we  have  pH  =  -Iog[H  )  =  3.76 

rhus,  log[H  +  ]  =  -3.76 

lo  find  [H  ],  we  need  to  determine 

the  antilog  ol  3.76.  Scientific  cal- 
culators have  an  antilog  function 

(sometimes  labeled  INVlogor  10*) 
th.it   allows   us   to   perform  tin' 

calculation:  [H+]  -  antilogf -3.76)  =  10-3'76  =  1.7  X  10  4  M 

lomment  Consult  the  user's  manual  lor  your  calculator  to  find  out  how  to  perform  the  antilog  operation.  The  number  of  sig- 
nific  .mt  figures  in  [I  I  |  is  two  because  the  number  of  decimal  places  in  the  pH  is  two. 
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Check:  Because  the  pH  is  between  3.0  and  4.0,  we  know  that  [H  |  will  be  between  1  ■  10  'andl  <  10  i  M.  Our  calculated  [I  I  | 
falls  within  this  estimated  range. 

mm  PRACTICE  EXERCISE 

A  solution  formed  by  dissolving  an  antacid  tablet  has  a  pi  I  of  9.18.  Calculate  [  1 1  |. 

Answer:  [H+]  =  6.6  x  10  10  M 

Other  "p"  Scales 
The  negative  log  is  also  a  convenient  way  of  expressing  the  magnitudes  of  other 

small  quantities.  We  use  the  convention  that  the  negative  log  of  a  quantity  is  la- 

beled "p"  (quantity),  lor  example,  one  can  express  the  concentration  of  Oil 
as  pOH: 

pOI  I        log[OH  |  [16.18] 

Bv  taking  the  negative  log  of  both  sides  of  Equation  1 6. 1 6, 

log[H  |  •  (    log[OH  |)        log  Kw  [16.19] 

we  obtain  the  following  useful  expression: 

pH  •  pOH      14.00  (at  2^  C)  [16.20] 

We  will  see  in  Section  16.8  that  p  scales  are  also  useful  when  working  with  equi- 
librium constants. 

Q    GIVE  IT  SOME  THOUGHT 

If  the  pOH  for  a  solution  is  3.00,  what  is  the  pH  of  the  solution?  Is  the  solution  acidic 
or  basic? 

Measuring  pH 

The  pH  of  a  solution  can  be  measured  quickly  and  accurately  with  a  pi  I  meter 
(figure  10. 0  ► ).  A  complete  understanding  of  how  this  important  device  works 

requires  a  knowledge  of  electrochemistry,  a  subject  we  take  up  in  Chapter  20.  In 
brief,  a  pH  meter  consists  of  a  pair  of  electrodes  connected  to  a  meter  capable  of 
measuring  small  voltages,  on  the  order  ol  millivolts.  A  voltage,  which  varies 
with  the  pH,  is  generated  w  hen  the  electrodes  are  placed  in  a  solution.  I  his 
voltage  is  read  bv  the  meter,  which  is  calibrated  to  give  pH. 

The  electrodes  used  with  pi  I  meters  come  in  many  shapes  and  sizes,  de- 
pending on  their  intended  use.  Electrodes  have  even  been  developed  that  are  so 

small  that  they  can  be  inserted  into  single  living  cells  in  order  to  monitor  the 

pH  of  the  cell  medium.  Pocket-size  pH  meters  are  also  available  for  use  in  envi- 
ronmental studies,  in  monitoring  industrial  effluents,  and  in  agricultural  work. 

Although  less  precise,  acid-base  indicators  can  be  used  to  measure  pH.  An 
acid-base  indicator  is  a  colored  substance  that  itself  can  exist  in  either  an  acid  or 
a  base  form.  The  two  forms  have  different  colors.  Thus,  the  indicator  turns  one 

color  in  an  acid  and  another  color  in  a  base.  If  you  know  the  pH  at  which  the  in- 
dicator turns  from  one  form  to  the  other,  you  can  determine  whether  a  solution 

has  a  higher  or  lower  pH  than  this  value.  l  itmus,  for  example,  changes  color  in 
the  vicinity  of  pH  7.  The  color  change,  howev  er,  is  not  very  sharp.  Red  litmus 
indicates  a  pH  of  about  5  or  lower,  and  blue  litmus  indicates  a  pi  I  of  about  8 
or  higher. 

Some  of  the  more  common  indicators  are  listed  in  Figure  10.7  ►.  Methyl  or- 
ange, for  example,  changes  color  over  the  pH  interv  al  from  3. 1  to  4.4.  Below  pH 

3.1  it  is  in  the  acid  form,  which  is  red.  In  the  interv  al  between  3.1  and  4.4,  it  is 

gradually  converted  to  its  basic  form,  which  has  a  yellow  color.  By  pH  4.4 
the  conversion  is  complete,  and  the  solution  is  yellow.  Paper  tape  that  is 

▲  Figure  16.6  A  digital  pH  meter.  The 
device  is  a  millivoltmeter,  and  the  electrodes 
immersed  in  the  solution  being  tested  produce  a 
voltage  that  depends  on  the  pH  of  the  solution 
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►  Figure  16.7   Some  common  acid-base 
indicators.  The  pH  ranges  for  the  color  changes 
of  some  common  acid-base  indicators.  Most 
indicators  have  a  useful  range  of  about  2  pH 
units. 

MOVIE 
Natural  Indicators 

pH  range  tor  color  change 
0          ~>          4          6          H         10         12  14 

Methyl  violet Yellow  .Violet 

Thymol  blue KrdB*     Vellou           Yellow  |blm- 

Methyl  orange 
Red  |  Yellow 

Methyl  red Red  |  Yellow 

Bromthymol  blue Yellow  |Blue 

Phenolphthalein 
Colorless  Jl'mk 

Alizarin  yellow  R 
Yellow  Si" 

impregnated  with  several  indicators  and  comes  complete  with  a  comparator 
color  scale  is  widely  used  for  approximate  determinations  of  pi  1. 

Q    GIVE  IT  SOME  THOUGHT 

If  phenolphthalein  turns  pink  when  added  to  a  solution,  what  can  we  conclude 
about  the  pH  of  the  solution? 

16.5  I  Strong  Acids  and  Bases 

The  chemistry  of  an  aqueous  solution  often  depends  critically  on  the  pH  of  the 
solution.  It  is  therefore  important  to  examine  how  the  pH  of  solutions  relate  to 
the  concentrations  of  acids  and  bases.  The  simplest  cases  are  those  invok  ing 

strong  acids  and  strong  bases.  Strong  acids  and  bases  are  strong  electrolytes,  ex- 
isting in  aqueous  solution  entirely  as  ions.  There  are  relatively  few  common 

strong  acids  and  bases,  and  we  listed  these  substances  in  Table  4.2. 

Strong  Acids 

The  seven  most  common  strong  acids  include  six  monoprotic  acids  (HC1,  HBr, 

HI,  HN03,  HC103,  and  HCIO4),  and  one  diprotic  acid  (H0SO4).  Nitric  acid 

(HNO3)  exemplifies  the  behavior  of  the  monoprotic  strong  acids.  For  all  practi- 

cal purposes,  an  aqueous  solution  of  HNO3  consists  entirely  of  H30+  and 
NO-T  ions. 

HNO3O9)  +  H20(/)  >  H30+(aq)  +  N03'(aq)  (complete  ionization)  [16.21] 
We  have  not  used  equilibrium  arrows  for  Equation  16.21  because  the  reaction 
lies  entirely  to  the  right,  the  side  with  the  ions.  As  noted  in 

Section  16.3,  we  use  H30+(aq)  and  H+(aq)  interchangeably  to  represent  the  hy- 
drated  proton  in  water.  Thus,  we  often  simplify  the  equations  for  the  ionization 
reactions  of  acids  as  follows: 

HNO>,/)   *  H+(aq)  +  N03~(aq) 

In  an  aqueous  solution  of  a  strong  acid,  the  acid  is  normally  the  only  signif- 

icant source  of  H+  ions.*  As  a  result,  calculating  the  pH  of  a  solution  of  a  strong 

'  It  the  concentration  of  the  acid  is  10  6  M  or  less,  we  also  need  to  consider  HP  ions  that  result  from 
the  autoionization  of  H:0.  Norma  I  lv,  the  concentration  of  H  '  from  H20  is  so  small  that  it  can  be 
1  ieglei  ted 
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monoprotic  acid  is  straightforward  because  [H  ]  equals  the  original  concentra- 
tion of  acid.   In  a  0.20  M  solution  of  HNO^/i/),  for  example,  [H  ] 

[NO^  ]  =  0.20  M.  I  he  situation  with  the  diprotic  acid  I  HSOj  is  more  complex, 
as  we  will  see  in  Section  16.6. 

■■  SAMPLE  EXERCISE  16.8  |  Calculating  the  pH  of  a  Strong  Acid 

What  is  the  pi  I  of  a  0.(14(1  Al  solution  of  I ICIO4? 

Solution 
Analyze  and  Plan:  We  are  asked  to  calculate  the  pi  I  ol  a  0.040  Al  solution  of  I ICK  P 

Because  HCIO^  is  a  strong  acid,  it  is  completely  ionized,  giving  [H+] 
|C104  I  =  0.040  M.  Because  [H  |  lies  between  benchmarks  1  ■  10  -and  1  •  10  'in 
Figure  16.5,  we  estimate  that  the  pl  I  will  he  between  2.0  and  1.0. 
Solve:  The  pH  of  the  solution  is  given  by 

pll        log(0.040)  1.40. 

Check:  Our  calculated  pH  falls  within  the  estimated  range. 

m  PRACTICE  EXERCISE 

An  aqueous  solution  of  HNO  s  has  a  pH  of  2.34.  What  is  the  concentration  ot  the  acid? 
Answer:  0.0046  M 

Strong  Bases 

There  are  relatively  few  common  strong  bases.  I  he  most  common  soluble 
strong  bases  are  the  ionic  hydroxides  of  the  alkali  metals  (group  1A)  and  the 
heavier  alkaline  earth  metals  (group  2A),  such  as  NaOl  I,  KOI  I,  and  C  a(OHp. 

These  compounds  completely  dissociate  into  ions  in  aqueous  solution  Thus,  a 
solution  labeled  0.30  M  NaOH  consists  of  0.30  M  Na  ((/</)  and  0.30  M  OH  (aq); 
there  is  essentially  no  undissociated  NaOH. 

Because  these  strong  bases  dissociate  entirely  into  ions  in  aqueous  solution, 

calculating  the  pH  of  their  solutions  is  also  straightforward,  as  shown  in  Sam- 

ple Exercise  16.L». 

■i  SAMPLE  EXERCISE  16.9  |  Calculating  the  pH  of  a  Strong  Base 

What  is  the  pH  ot  (a)  a  0.028  Al  solution  ot  NaOH,  (b)  a  0.0011  Al  solution  ot 
Ca(OH)2? 

Solution 

Analyze:  We're  asked  to  calculate  the  pH  of  two  solutions,  given  the  concentration  of 
strong  base  for  each. 
Plan:  We  can  calculate  each  pH  bv  two  equivalent  methods.  First,  we  could  use 
Equation  16.16  to  calculate  (II  ]  and  then  use  Equation  Id. 17  to  calculate  the  pll 
Alternatively,  we  could  use  |OH  |  to  calculate  pOH  and  then  use  Equation  16.20  to 
calculate  the  pH. 
Solve:  (a)  NaOH  dissociates  in  water  to  give  one  Ol  I  ion  per  formula  unit.  There- 

fore, the  OH  concentration  for  the  solution  in  (a)  equals  the  stated  concentration  ot 
NaOH,  namely  0.028  M. 

Method  1: 

1  0  ■   10  11 |ll  I  =   =  3.57  x  10  13  A4    PH  =  -log(3.57  X  10~13)  =  12.45 
0.02S  h  M 

Method  2: 

pOH  =  -log(0.028)  =  1.55  pH  =  14.00     pOH  =  12.45 

(b)  C<i(OH)i  is  a  strong  base  that  dissociates  in  w  ater  to  give  two  OH  ions  per 
formula  unit.  Thus,  the  concentration  of  OH  (nq)  for  the  solution  in  part  (b)  is 
2  x  (0.0011  A/1 )  =  0.0022  Al 
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Method  I: 

10  ■'  in  ' ̂ 
HI  ]  =    '    0022      =  4.55  x  10  12  M    PH  =  -log(4.55  X  10  l2)  =  11.34 

Method  2: 

pOH  =  -log(0.0022)  =  2.66  pH  =  14.00  -  POH  =  11.34 

Hi  PRACTICE  EXERCISE 

What  is  the  concentration  of  a  solution  of  (aTKOI  I  for  which  the  pH  is  11.89; 
(b)  Ca(OH)2  for  which  the  pH  is  11.68? 
Answers:  (a)  7.8  X  10  3  M,  (b)  2.4  ■  10  3M 

Although  all  the  hydroxides  of  the  alkali  metals  (group  1  A)  are  strong  elec- 
trolytes, LiOH,  RbOH,  and  CsOH  are  not  commonly  encountered  in  the  labora- 

tory. The  hydroxides  of  the  heavier  alkaline  earth  metals,  Ca(OH)2,  Sr(OH)2, 

and  Ba(OH)2,  are  also  strong  electrolytes.  They  have  limited  solubilities,  how- 
ever, so  they  are  used  only  when  high  solubility  is  not  critical. 

Strongly  basic  solutions  are  also  created  by  certain  substances  that  react 
with  water  to  form  OH  (aq).  The  most  common  of  these  contain  the  oxide  ion. 
Ionic  metal  oxides,  especially  Na20  and  CaO,  are  often  used  in  industry  when 

a  strong  base  is  needed.  Each  mole  of  O"  reacts  with  water  to  form  2  mol  of 
OH  ,  leav  ing  virtually  no  O    remaining  in  the  solution: 

02~(aq)  +  H20(/)   •  2  OH  (aq)  [16.22] 

Thus,  a  solution  formed  by  dissolving  0.010  mol  of  Na20(s)  in  enough  water  to 

form  1.0  L  of  solution  will  have  [OH  ]  =  0.020  M  and  a  pH  of  12.30. 
Ionic  hydrides  and  nitrides  also  react  with  H20  to  form  OH  : 

H  (aq)  +  H20(/)  >  H2(g)  +  OH~(aq)  [16.23] 

N3~(aq)  +  3H20(/)  ►  NH^?(j)  +  3  0H"(m/)  [16.24] 

Because  the  anions  O2  ,  H~,  and  P\T~  are  stronger  bases  than  OH-  (the  conju- 
gate base  of  H20),  they  are  able  to  remove  a  proton  from  H20. 

Q    GIVE  IT  SOME  THOUGHT 

The  CH3  ion  is  the  conjugate  base  of  CH4,  and  CH4  shows  no  evidence  of  being  an 
acid  in  water.  What  happens  when  CH3   is  added  to  water? 

16.6  I  Weak  Acids 

Most  acidic  substances  are  weak  acids  and  are  therefore  only  partially  ionized 

in  aqueous  solution.  We  can  use  the  equilibrium  constant  for  the  ionization  re- 
action to  express  the  extent  to  which  a  weak  acid  ionizes.  If  we  represent  a  gen- 

animation  eral  weak  acid  as  HA,  we  can  write  the  equation  for  its  ionization  reaction  in 
Introduction  to  Aqueous  Acids  either  of  the  following  ways,  depending  on  whether  the  hydrated  proton  is  rep- 

resented as  H30+(flg)  or  H+(aq): 
>  ir 

HA(aq)  +  H20(/)  =±  H30+(aq)  +  A~(aq)  [16.25] 

HA(aq)  H+(aq)  +  A' (nq)  [16.26] 

Because  [H20]  is  the  solvent,  it  is  omitted  from  the  equilibrium-constant  ex- 
pression, which  can  be  written  as  either 

[H3Q+][A-]  [H  ' ][A~] K-  =     or    K,  = 

[HA]  1  [HA] 
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1  TABLE  16.2 Some  Weak  Acids  in  Water  at  25°C* 

Acid 
Structural  Conjugate 
Formula                       Base           Equilibrium  Reaction 

Hydrofluoric  (HI 

Nitrous 
(UNO,) 

Benzoic 
IK  H502) 

Acetic 

(HC2H302) 

I  lypochlorous  (I  ICIO) 

I  [ydro<  \  anic  (HCN) 

Phenol 

(HQH5O) 

I  I— O— N=0 

O 
— o— c 

O  H 

— o— c— c- 

1 1 
— o— u 

( > 

F  WVUiq)  +  H20(/)  H,0 '(<»</)  +  1:  (aq)  6.8  ■  It)  1 

N02  HN02((?(j)  +  H20(/)         H;0'(<n/)  +  NO:  (aq)  4.5  ■  10  4 

C7H502  HC7Hs02(aq)  +  H20(/)  -       H3O  Unj)  +  C7H5O2  (aq)   6.3  ■  10  5 

C2H302  HC2H302(rtq)  *  H20(/)  =^  1 1  -,0  '(</./)  +  C2H302  (aq)    1.8  ■  10  5 

CIO 

CN 

HCIO(<((/)  +  H20(/)  H(0  (,/</)  •  CIO  (aq) 

HCN(aq)  +  H20(/)         1H.O  ("</)  *  CN  (aq) 
3.0  ■  ID 

4.9  ■  ID 

(JI-.O       I IC  ,,l  I  -,( )(aq)  +  H20(/)         H30+(<?i/)  1  Cf,HsO  (aq)      1.3  ■  10 

'The  proton  tli.it  ionizes  is  show  n  in  blue 

As  we  did  tor  the  ion-product  constant  for  the  autoionization  of  water,  we 
change  the  subscript  on  this  equilibrium  constant  to  indicate  the  type  of  equa- 

tion to  which  it  corresponds. 

[H3Q+][A  I  [H+][A] 

k"=       [HA]  [HA]  "h'2/| 

The  subscript  a  on  K„  denotes  that  it  is  an  equilibrium  constant  for  the  ioniza- 
tion of  an  acid,  so  Kn  is  called  the  acid-dissociation  constant. 
Table  lb. 2  ▲  shows  the  names,  structures,  and  Ka  values  for  several  weak 

acids.  A  more  complete  listing  is  given  in  Appendix  D.  Many  weak  acids  are  or- 
ganic compounds  composed  entirely  of  carbon,  hydrogen,  and  oxygen.  These 

compounds  usually  contain  some  hydrogen  atoms  bonded  to  carbon  atoms  and 
some  bonded  to  oxygen  atoms.  In  almost  all  cases  the  hydrogen  atoms  bonded 
to  carbon  do  not  ionize  in  water;  instead,  the  acidic  behavior  of  these  com- 

pounds is  due  to  the  hydrogen  atoms  attached  to  oxygen  atoms. 

The  magnitude  of  K'„  indicates  the  tendency  of  the  acid  to  ionize  in  water: 
The  larger  the  value  of  K , ,  the  stronger  the  acid.  Hydrofluoric  acid  (HF),  for  exam- 

ple, is  the  strongest  acid  listed  in  Table  lb. 2,  and  phenol  (HOC,,H-,)  is  the  weak- 
est. Notice  that  Ka  is  typically  less  than  ID  \ 

ACTIVITY 
Equilibrium  Constant 

Calculating  Ka  from  pH 

In  order  to  calculate  either  the  Kn  value  for  a  weak  acid  or  the  pH  of  its  solu- 
tions, we  will  use  many  of  the  skills  for  solving  equilibrium  problems  that  we 

developed  in  Section  15.5.  In  many  cases  the  small  magnitude  of  Kn  allows  us  to 
use  approximations  to  simplify  the  problem.  In  doing  these  calculations,  it  is 

important  to  realize  that  proton-transfer  reactions  are  generally  very  rapid.  As 
a  result,  the  measured  or  calculated  pH  for  a  weak  acid  always  represents  an 
equilibrium  condition. 
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■1  SAMPLE  EXERCISE  16.10  |  Calculating  Ka  and  Percent  Ionization  from  Measured  pH 

A  student  prepared  a  0.10  M  solution  of  formic  acid  (HCH02)  and  measured  its  pH  using  a  pi  I  meter  of  the  type  illustrated  in 

Figure  16.6.  The  pH  at  25°C  was  found  to  be  2.38.  (a)  Calculate  Ka  for  formic  acid  at  this  temperature,  (b)  What  percentage  of  the acid  is  ionized  in  this  0.10  M  solution? 

Solution 

Analyze:  We  are  given  the  molar  concentration  of  an  aqueous  solution  of  weak  acid  and  the  pH  of  the  solution  at  25'C,  and  we 
are  asked  to  determine  the  value  of  Ka  for  the  acid  and  the  percentage  of  the  acid  that  is  ionized. 
Plan:  Although  we  are  dealing  specifically  with  the  ionization  of  a  weak  acid,  this  problem  is  very  similar  to  the  equilibrium 
problems  we  encountered  in  Chapter  15.  We  can  solve  it  using  the  method  first  outlined  in  Sample  Exercise  15.8,  starting  with  the 
chemical  reaction  and  a  tabulation  of  initial  and  equilibrium  concentrations. 

Solve:  (a)  The  first  step  in  solving 
any  equilibrium  problem  is  to  write 
the  equation  for  the  equilibrium  re- 

action. The  ionization  equilibrium 
for  formic  acid  can  be  written  as 
follows: 

The  equilibrium-constant  expres- 
sion is 

HCH02(<7,/)  H  ((?(/)  +  CH02  (aq) 

[H+][CHO:  ] 
K 

[HCHQ2 

From  the  measured  pH,  we  can  cal- 
culate [FT]: 

We  can  do  a  little  accounting  to  de- 
termine the  concentrations  of  the 

species  involved  in  the  equilibri- 
um. We  imagine  that  the  solution 

is  initially  0.10  M  in  HCH02  mole- 
cules. We  then  consider  the  ioniza- 

tion of  the  acid  into  FP  and 
CHO:  .  For  each  HCHO;  molecule 
that  ionizes,  one  FF  ion  and  one 

CH02~  ion  are  produced  in  solu- 
tion. Because  the  pH  measurement 

indicates  that  [FT]  =  4.2  X  10~3  M at  equilibrium,  we  can  construct 
the  following  table: 

PH  =  -log[H 

log[FT]  =  -2.38 

[FT]  =  10 

2.38 

4.2  x  10  '  M 

HCH02(«<7) 
=  Him/) 

CH02"(flij) 

Initial 0.10  M 0 0 
Change 

-4.2  X  10~3  M 

+4.2  X  10~3  M +4.2  X  10~3  M Equilibrium (0.10  -  4.2  <  10"3)  M 

4.2  X  10~3  M 4.2  x  10~3  M 
Notice  that  we  have  neglected  the 

very  small  concentration  of  H+(aq) that  is  due  to  the  autoionization  of 
H20.  Notice  also  that  the  amount  of 
HCH02  that  ionizes  is  very  small 
compared  with  the  initial  concentra- 

tion of  the  acid.  To  the  number  of 

significant  figures  we  are  using,  the 
subtraction  yields  0.10  M: (0.10  -  4.2  x  1(T3)  M  =  0.10  M 

We  can  now  insert  the  equilibrium 
concentrations  into  the  expression 
for  Kn: (4.2  x  10"3)(4.2  <  10"3) 

Ka  =  —       -rhr~       —  =  1.8  x  10~4 0.10 

Check:  The  magnitude  of  our  answer  is  reasonable  because  Ka  for  a  weak  acid  is  usually  between  10  3  and  10  . 

(b)  The  percentage  of  acid  that  ion- 
izes is  given  by  the  concentration  of 

II   or  CHO2  at  equilibrium,  divid-  (H  I 

ed  by  the  initial  acid  concentration,  percent  ionization  =  ̂  J^"''1""""1  X  100%  =  42  **0~    X  100%  =  4.2% multiplied  by  100%.  [HCH02],mtM|  0.10 
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■  PRACTICE  EXERCISE 

Niacin,  one  of  the  B  vitamins,  lias  the  following  molecular  structure: 

O 

A  0.020  M  solution  of  niacin  has  a  pi  I  of  3.26.  (a)  What  percentage  of  the  acid  is  ionized  in  this  solution1  (b)  What  is  the  acid- 
dissociation  constant,  Kn,  tor  niacin? 

Answers:  (a)  2.7%,  (b)  1.5  •  10  5 

Using  Ka  to  Calculate  pH 

Knowing  the  value  of  Ka  and  the  initial  concentration  of  the  weak  acid,  we  can 

calculate  the  concentration  of  H  (aq)  in  a  solution  of  a  w  eak  acid.  Let's  calculate 
the  pH  of  a  0.30  M  solution  of  acetic  acid  (HC^hhC^),  the  weak  acid  responsible 
for  the  characteristic  odor  and  acidity  of  vinegar,  at  25  C. 

Our  first  step  is  to  write  the  ionization  equilibrium  for  acetic  acid: 

HC2H302(<7<7)         H' (,?(/)  +  C2H302  (aq)  [16.28] 

According  to  the  structural  formula  of  acetic  acid,  shown  in  fable  16.2,  the  hy- 
drogen that  ionizes  is  the  one  attached  to  an  oxygen  atom.  We  write  this  hydro- 

gen separate  from  the  others  in  the  formula  to  emphasize  that  only  this  one 
hydrogen  is  readily  ionized. 

The  second  step  is  to  write  the  equilibrium-constant  expression  and  the 

value  for  the  equilibrium  constant.  From  Fable  16.2,  we  have  Kn  1.8  ■  Id  \ 
Thus,  we  can  write  the  following: 

[H  |[C2H302 
[HC2H302] 

1.8  >  ID 

29] 

As  the  third  step,  we  need  to  express  the  concentrations  that  are  involved  in 
the  equilibrium  reaction.  This  can  be  done  with  a  little  accounting,  as  described 
in  Sample  Exercise  16.10.  Because  we  want  to  find  the  equilibrium  value  for 

[H+],  let's  call  this  quantity  x.  The  concentration  of  acetic  acid  before  any  of  it 
ionizes  is  0.30  M.  The  chemical  equation  tells  us  that  for  each  molecule  of 

HC2H302  that  ionizes,  one  H  '(</(/)  and  one  C2H202  (aq)  are  formed.  Conse- 
quently, if  x  moles  per  liter  of  H  (aq)  form  at  equilibrium,  v  moles  per  liter  of 

C2H302_(atj)  must  also  form,  and  v  moles  per  liter  of  HC2hh02  must  be  ion- 
ized. This  gives  rise  to  the  following  table  with  the  equilibrium  concentrations 

shown  on  the  last  line: 

HC2H302(«i/)  — —         W  (aq) 
C2H3O2  {aq) 

Initial 0.30  M 0 0 

Change \  VI 
+  x  M +  .v  M 

Equilibrium (0.30  -  .v)  M 
x  M A  A  1 

As  the  fourth  step  of  the  problem,  we  need  to  substitute  the  equilibrium 

concentrations  into  the  equilibrium-constant  expression.  The  substitutions  give 
the  following  equation: 

[H+][C2H302  1  (a)(.v) [16.30] [HC2H302] 0.30 1.8  x  10 

This  expression  leads  to  a  quadratic  equation  in  v,  which  we  can  solve  by  using 

an  equation-solving  calculator  or  by  using  the  quadratic  formula.  We  can  also 

Ionization  Constants  of  Weak  Acids 
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simplify  the  problem,  however,  by  noting  that  the  value  of  K„  is  quite  small.  As 
a  result,  we  anticipate  that  the  equilibrium  will  lie  far  to  the  left  and  that  .v  will 
be  very  small  compared  to  the  initial  concentration  of  acetic  acid.  Thus,  we  will 

assume  that  x  is  negligible  compared  to  0.30,  so  that  0.30  ~  x  is  essentially  equal 
to  0.30. 

0.30  -  x  0.30 

As  we  will  see,  we  can  (and  should!)  check  the  validity  of  this  assumption 
when  we  finish  the  problem.  Bv  using  this  assumption,  Equation  16.30  now 
becomes 

x 
K„  =  -    -  =  1.8  X  10 

s 
0.30 

Solving  for  x,  we  have 

(0.30)(1.8  x  10"")  =  5.4  x  10" 

x  =  V5.4  x  10~h  -  2.3  x  10"3 

[H+]  =  x  =  2.3  x  10-3  M 

pH  =  -log(2.3  x  10"3)  =  2.64 
We  should  now  go  back  and  check  the  validity  of  our  simplifying  assump- 
tion that  0.30  -  x  —  0.30.  The  value  of  x  we  determined  is  so  small  that,  for  this 

number  of  significant  figures,  the  assumption  is  entirely  valid.  We  are  thus  sat- 
isfied that  the  assumption  was  a  reasonable  one  to  make.  Because  x  represents 

the  moles  per  liter  of  acetic  acid  that  ionize,  we  see  that,  in  this  particular  case, 
less  than  1%  of  the  acetic  acid  molecules  ionize: 

0.0023  M 

Percent  ionization  of  HC2H3O2  =    030M   x  100%  =  °-77"" 

As  a  general  rule,  if  the  quantity  x  is  more  than  about  5%  of  the  initial  value,  it 
is  better  to  use  the  quadratic  formula.  You  should  alwavs  check  the  validity  of 

any  simplifying  assumptions  after  you  have  finished  solving  a  problem. 

0 HOUGHT 

Why  can  we  generally  assume  that  the  equilibrium  concentration  of  a  weak  acid 
equals  its  initial  concentration? 

Finally,  we  can  compare  the  pH  value  of  this  weak  acid  to  a  solution  of  a 
strong  acid  of  the  same  concentration.  The  pH  of  the  0.30  M  solution  of  acetic 
acid  is  2.64.  By  comparison,  the  pH  of  a  0.30  M  solution  of  a  strong  acid  such  as 

HC1  is  -log(0.30)  =  0.52.  As  expected,  the  pH  of  a  solution  of  a  weak  acid  is 
higher  than  that  of  a  solution  of  a  strong  acid  of  the  same  molarity. 

■■  SAMPLE  EXERCISE  16.1 1  |  Using  Ka  to  Calculate  pH 

Calculate  the  pH  of  a  0.20  M  solution  of  HCN.  (Refer  to  Table  16.2  or  Appendix  D  for  the  value  of  Ka.) 
Solution 

Analyze:  We  are  given  the  molarity  of  a  weak  acid  and  are  asked  for  the  pH.  From  Table  16.2,  K„  for  HCN  is  4.9  X  10~10. Plan:  We  proceed  as  in  the  example  just  worked  in  the  text,  writing  the  chemical  equation  and  constructing  a  table  of  initial  and 
equilibrium  concentrations  in  which  the  equilibrium  concentration  of  H   is  our  unknown. 

Solve:  Writing   both   the  chemical 

equation  for  the  ionization  reaction  HCN(<7(/)  ;  "  H*(aq)  +  CN  (aq) 
that     forms     H'(m/)     and  the 
equilibrium-constant  (K„)  expres-  ^  _  [Fl  ][CN  ]  _  ̂   ̂  x  tn-10 
sion  for  the  reaction:  [HCN] 



Weak  Acids  689 

1  ICN(rt(/) 

H  •{<?«/) 

CN  Uh]) 

Next,  we  tabulate  the  concentration 

of  the  species  involved  in  the  equi- 
librium reaction,  letting  x  =  [II  |  at 

equilibrium: 

Substituting  the  equilibrium  con- 
centrations from  the  table  into 

the  equilibrium-!  onstant  expression 
\  ield  i 

We  next  make  the  simplifying  ap- 
proximation that  x,  the  amount  ol 

acid  that  dissociates,  is  small  com- 
pared with  the  initial  concentration 

of  acid;  that  is, 

Initial 0.20  M 0 0 
Change 

-x  M 

-  \  A! 
+.v  M 

Equilibrium (0.20  -  v)  VI 
.v  M 

v  A 1 

0.20  -  x 4.9  •  10 

0.20  -  x  =  0.20 

Thus, 

A  " 

0.20 4.9  ■  10 

Solving  for  x,  we  have 

A  concentration  of  9.9  ■  10  M  is 
much  smaller  than  5%  of  0.20,  the 
initial  HCN  concentration.  Our  sim- 

plifying approximation  is  therefore 
appropriate.  We  now  calculate  the 
pH  of  the  solution: 

a-  =  (0.20)(4.9  •  10  "')  -  0.98  x  10 

\  ()»S =  9.9  ■ 

"  A1  |ll 

pH  =     log[H]  -log(9.9 

=  3.00 

Hi  PRACTICE  EXERCISE 

The  Ka  for  niacin  (Practice  Exercise  16.10)  is  1.5  <  10  \  What  is  the  pH  of  a  0.010  M  solution  of  niacin? 
Aiisivcr:  3.42 

The  result  obtained  in  Sample  Exercise  16.11  is  typical  of  the  behavior  of 

weak  acids;  the  concentration  of  H  v{aq)  is  only  a  small  fraction  of  the  concen- 
tration of  the  acid  in  solution.  Those  properties  of  the  acid  solution  that  relate 

directly  to  the  concentration  of  H  v{ac\),  such  as  electrical  conductivity  and  rate 
of  reaction  with  an  active  metal,  are  much  less  evident  for  a  solution  of  a  weak 

acid  than  for  a  solution  of  a  strong  acid.  Figure  16.8  ▼  presents  an  experiment 

that  demonstrates  the  difference  in  concentration  of  H  '  (ihj)  in  weak  and  strong acid  solutions  of  the  same  concentration.  The  rate  of  reaction  with  the  metal  is 

much  faster  for  the  solution  of  a  strong  acid. 

<  Figure  16.8   Reaction  rates  for  weak 
and  strong  acids,  (a)  The  flask  on  the  left 
contains  1  M  HC2H302;  the  one  on  the  right 
contains  1  M  HQ  Each  balloon  contains  the  same 
amount  of  magnesium  metal,  (b)  When  the  Mg 
metal  is  dropped  into  the  acid,  H2  gas  is  formed. 
The  rate  of  H2  formation  is  higher  for  the  1  M  HCI 
solution  on  the  right  as  evidenced  by  more  gas  in 
the  balloon. 

(b) 
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To  determine  the  pH  of  a  solution  of  a  weak  acid,  you 

might  think  that  the  percent  ionization  of  the  acid  would 
be  simpler  to  use  than  the  K„  value.  However,  the  percent 
ionization  at  a  particular  temperature  depends  not  only 
on  the  identity  of  the  acid  but  also  on  its  concentration. 
As  shown  in  Figure  16.9  4,  the  percent  ionization  of  a 
weak  acid  decreases  as  its  concentration  increases.  This 

fact  is  further  demonstrated  in  Sample  Exercise  16.12. 

0.05  0.10  0.15 
Acid  concentration  (M) 

4  Figure  16.9  The  effect  of  concentration  on 
ionization  of  a  weak  acid,  rhe  percent  ionization  of 
a  weak  acid  decreases  with  increasing  concentration. 
The  data  shown  are  for  acetic  acid. 

■1  SAMPLE  EXERCISE  16.12  |  Using  Ka  to  Calculate  Percent  Ionization 

Calculate  the  percentage  of  HF  molecules  ionized  in  (a)  a  0.10  M  HF  solution,  (b)  a  0.010  M  HF  solution. 

Solution 
Analyze:  We  are  asked  to  calculate  the  percent  ionization  of  two  HF  solutions  of  different  concentration. 
Plan:  We  approach  this  problem  as  we  would  previous  equilibrium  problems.  We  begin  by  writing  the  chemical  equation  for  the 
equilibrium  and  tabulating  the  known  and  unknown  concentrations  of  all  species.  We  then  substitute  the  equilibrium  concentra- 

tions into  the  equilibrium-constant  expression  and  solve  for  the  unknown  concentration,  that  of  H*. 

Solve:  (a)  The  equilibrium  reaction 
and  equilibrium  concentrations  are 
as  follows: 

¥~(aq) 

Initial 0.10  M 0 ii 
Change 

-vM 

+x  M 
+x  M 

Equilibrium (0.10  -  x)  M 
xM xM 

The  equilibrium-constant  expres- 
sion is 

When  we  try  solving  this  equation 

using  the  approximation  0.10  -  x  = 
0.10  (that  is,  by  neglecting  the  con- 

centration of  acid  that  ionizes  in 

comparison  with  the  initial  concen- 
tration), we  obtain 

[H+][F- 

[HF] 

x)(x] 

11.10 

6.8  x  10~ 

.v  =  8.2  x  10"3  M 
Because  this  value  is  greater  than 
5%  of  0.10  M,  we  should  work  the 

problem  without  the  approxima- 
tion, using  an  equation-solving  cal- 

culator or  the  quadratic  formula. 
Rearranging  our  equation  and  writ- 

ing it  in  standard  quadratic  form, 
we  have 

,v2  =  (0.10  -  ,v)(6.8  x  10"4) 

=  6.8  x  10"5  -  (6.8  x  10~4).v 

x2  +  (6.8  x  10"4).v  -  6.8  x  10~? 

This  equation  can  be  solved  using 
the  standard  quadratic  formula. 

.v  = 

-b  ±  W  -  4ac 
2a 
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Substituting  the  appropriate  num- 
bers gives 

-6.8  x  10  4  ±  \  (6.8  <  10  4r  +  4(6.8  X  10  5) 

-6.8  ■   10  4  ±  1.6  •   10  : 

Of  the  two  solutions,  only  the  one 
that  gives  a  positive  value  for  x  is 
chemically  reasonable.  Thus, 

From  our  result,  we  can  calculate 
the  percent  ot  molecules  ionized: 

(b)  Proceeding  similarl}  for  the 
0.010  M  solution,  we  have 

Solving  the  resultant  quadratic  ex- 
pression, we  obtain 

The  percentage  of  molecules  ioni/ed 
is 

v  =  [H  ]  =  |F  ]  =  7.9  x  10  !  Al 

concentration  ionized 
Percent  ionization  of  HF  =  — — —  -  x  100" original  concentration 

7.9  x  10  '  M 0.10  A1 ■   100",,  =  7.9" 

o.oio  -  x 
6.8  x  10 4 

•v  =  [H  1  =  [F  1  =  2.3  X  10  3  M 

0.0023 

0.010 ■   100",,  =  23" 

Comment:  Notice  that  if  we  do  not  use  the  quadratic  formula  to  sok  e  the  problem  properly,  w  e  calculate  8.2%  ionization  for 
(a)  and  26%  ionization  for  (b).  Notice  also  that  in  diluting  the  solution  bv  a  factor  of  10,  the  percentage  of  molecules  ionized  in- 

creases by  a  factor  of  3.  This  result  is  in  accord  with  what  we  see  in  Figure  16.9.  It  is  also  what  we  would  expect  from  Le  Chate- 

lier's  principle.  I  here  are  more  "partic  les"  or  reaction  components  on  the  right  side  of  the  equation  than  on  the 
left.  Dilution  causes  the  reaction  to  shift  in  the  direction  of  the  larger  number  ol  particles  because  this  counters  the  effect  of  the  de- 

creasing concentration  of  particles. 

H  PRACTICE  EXERCISE 

In  Practice  Exercise  16.10,  we  found  that  the  percent  ionization  of  niacin  (  Kn  =  1.5  < 
late  the  percentage  of  niacin  molecules  ionized  in  a  solution  that  is  (a)  0.010  Al,  (b)  1 .0 

Answers:  (a)  3.8%,  (b)  12",, 

in  a  0.020  Al  solution  is  2. 

'  AT 

Calcu- 

Polyprotic  Acids 

Many  acids  have  more  than  one  ionizable  H  atom.  These  acids  are  known  as 
polyprotic  acids.  For  example,  each  of  the  H  atoms  in  sulfurous  acid  (H2SO3) 
can  ionize  in  successive  steps: 

H2S03(aq)         H  (//,/)  +  HSO3  (aq)       Kn]  =  1.7  ■  10  2  [16.31] 

HSO3  (aq)  ̂ =  H  '  (aq)  +  SO32  (aq)        Kll2  =  6.4  ■  10  s     1 16.32] 

The  acid-dissociation  constants  for  these  equilibria  are  labeled  K„]  and  Kn2-  The 
numbers  on  the  constants  refer  to  the  particular  proton  of  the  acid  that  is  ioniz- 

ing. Thus,  fx,, 2  always  refers  to  the  equilibrium  involving  removal  of  the  second 
proton  of  a  polyprotic  acid. 

In  the  preceding  example  K',,2  is  much  smaller  than  K | .  On  the  basis  of  elec- 
trostatic attractions,  we  would  expect  a  positively  charged  proton  to  he  lost 

more  readily  from  the  neutral  H2SO3  molecule  than  from  the  negatively 
charged  HSO3  ion.  This  observation  is  general:  //  is  always  easier  to  remove  the 

first  proton  from  a  polyprotic  acid  than  to  remove  the  second.  Similarly,  for  an  acid 
with  three  ionizable  protons,  it  is  easier  to  remove  the  second  proton  than  the 
third.  Thus,  the  Ka  values  become  successively  smaller  as  successiv  e  protons 
are  removed. 
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TABLE  16.3    Acid-Dissociation  Constants  of  Some  Common  Polyprotic  Acids 
Name 1  i  1 1  1 1 1  i  i  1  l I    1  M  III  (1  Id 

1/ 1/ 

Ascorbic H;iChHhOh 

8.0  • 

10  5 

1.6  X 
10 

-12 

Carbonic 
H2C03 

4.3  x 

10  7 

5.6  X 
10 

-11 

Citric 
7.4  X 

10  4 

1.7  x 

10"
 

4.0  x  10  r 

Oxalic 

H,C04 

5.9  x 

10  2 

6.4  x 

10 

-5 

Phosphoric 

H3P04 

7.5  x 

10  3 

6.2  x 

10 

-8 

4.2  x  10  13 

Sulfurous 
H2SO 

1.7  x 

10  2>- 

6.4  X 

in 

H 

Sulfuric 
H:S04 

Large 

1.2  x 

10 

_2 

la  rtaric H2C4H406 

1.0  • 

10  3 

4.6  x 

10 
-o  o- 

C=C  i_| 
/  \/ 

0=C       C  H  H 

\  /  \  1  1 
O       C— C— OH 

HO  H 

Ascorbic  acid 
(vitamin  C) 

o 

H9C— C— O- O 

HO— C— C— O- 

H2C— C— O- 
O 

Citric  acid 

9 
GIVE  IT  SOME  THOUGHT 

What  is  meant  by  the  symbol  /Co3  for  H3P04? 

The  acid-dissociation  constants  for  a  few  common  polyprotic  acids  are  list- 
ed in  Table  16.3  ▲.  A  more  complete  list  is  given  in  Appendix  D.  The  structures 

for  ascorbic  and  citric  acids  are  shown  in  the  margin.  Notice  that  the  Ka  values 

for  successive  losses  of  protons  from  these  acids  usually  differ  by  a  factor  of  at 

least  10°.  Notice  also  that  the  value  of  K',,|  for  sulfuric  acid  is  listed  simply  as 
"large."  Sulfuric  acid  is  a  strong  acid  with  respect  to  the  removal  of  the  first  pro- 

ton. Thus,  the  reaction  for  the  first  ionization  step  lies  completely  to  the  right: 

H2S04(<7(/) 
H  *(<?(/)  +  HS04  {at])       (complete  ionization) 

HS04~,  on  the  other  hand,  is  a  weak  acid  for  which  Kll2  =  1.2  x  10  2. 
Because  K„]  is  so  much  larger  than  subsequent  dissociation  constants  for 

these  polyprotic  acids,  almost  all  of  the  H+(aq)  in  the  solution  comes  from  the 
first  ionization  reaction.  As  long  as  successive  Ka  values  differ  by  a  factor  of  103 
or  more,  it  is  possible  to  obtain  a  satisfactory  estimate  of  the  pH  of  polyprotic 
acid  solutions  by  considering  only  Ktl] . 

WM  SAMPLE  EXERCISE  16.13  |  Calculating  the  pH  of  a  Polyprotic  Acid  Solution 

The  solubility  of  C02  in  pure  water  at  25  C  and  0. 1  atm  pressure  is  0.0037  M.  The  common  practice  is  to  assume  that  all  of  the  dis- 
soh  ed  CO:  is  in  the  form  of  carbonic  acid  (H2CO,),  which  is  produced  by  reaction  between  the  C02  and  H20: 

C02(aq)  +  H20(/)  H2C03(a^) 

What  is  the  pH  of  a  0.0037  M  solution  of  H2C03? 

Solution 
Analyze:  We  are  asked  to  determine  the  pH  of  a  0.0037  M  solution  of  a  polyprotic  acid. 

Plan:  H2CO3  is  a  diprotic  acid;  the  two  acid-dissociation  constants,  Ka\  and  Ka2  (Table  16.3),  differ  by  more  than  a  factor  of  103. 
Consequently,  the  pH  can  be  determined  bv  considering  only  Ktl] ,  thereby  treating  the  acid  as  if  it  were  a  monoprotic  acid. 

Solve:  Proceeding  as  in  Sample  Ex- 
ercises 16.11  and  16.12,  we  can  write 

the  equilibrium  reaction  and  equi- 
librium concentrations  as  follows: 

H2C03(m/) HC03"((/<7) 

Initial 0.0037  Al 0 0 
Change 

—x  M 

+xM +x  M 

Equilibrium (0.0037  -  a  )  M 
x  M xM 

The  equilibrium-constant  expres- 
sion is  as  follows: 

Solving  this  equation  using  an 
equation-solving  calc  ulator,  we  get 

[H+][HCQ3]  _ 

[H2C03]        0.0037  -  x 

4.3  x  10" x  =  4.0  x  10  1  A! 
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Alternatively,  because  Ktl\  is  small, 
we  can  make  the  simplifying  ap- 

proximation that  v  is  small,  so  that 

Thus, 

Solving  for  x,  we  have 

The  small  value  of  x  indicates  that 

our  simplifying  assumption  was 
justified.  The  pi  1  is  therefore 

Comment:  If  we  were  asked  to 
solve  for  [CO3  |,  we  would  need  to 

use  K,i2-  Let's  illustrate  that  calcula- 
tion. Using  the  values  of  [HCO3  I 

and  1 1 1  I  calculated  above,  and  sot- 
ting [CO^r  ]  =  1/,  we  have  the  fol- 

lowing initial  and  equilibrium 
concentration  values: 

Assuming  that  1/  is  small  compared 
to  4.0  x  10  \  we  have 

0.0037  -  x  =  0.0037 

(.v)(.v) 
0.0037 4.3  ■  10 

k   =  (0.0037)(4.3  x  10  '  )  =  l.h  ■  10 

x  =  |H  I      (HCO,  ]  =  \  l.h  ■   10  M     4.0  ■   10  Al 

pH  =  -log|H+]  =  -log(4.0  •  10 

HCO3  (aq) 

4.40 H  (aq) 

CO32  (aq) 

Initial 
4.0  •:  10  5  M 

4.0  <  10'5  M 

0 
Change 

-1/  Al 

+ 1/  M +  \/  M 

Equilibrium (4.0  -  10  5  -  y)  M (4.0  x  10  5  +  1/)  M 
!/  Al 

K„ 

IN  |[CO 

[HCO 

I      (4.0  •   10  ")(u) 

4.0  >  10  ̂ 1/  =  5.6  x  10  11  M  =  ICCV  1 

S.6 

ID 

The  value  calculated  for  1/  is  indeed  very  small  compared  to  4.0  •  10  ,  showing  that  our  assumption  was  justified.  It  also 
shows  that  the  ionization  of  HCO3  is  negligible  compared  to  that  of  I I2CO3,  as  tar  as  production  of  H  is  concerned.  How  - 

ever, it  is  the  0/7/1/  source  of  CO r  -  which  has  a  ver)  low  concentration  in  the  solution.  Our  calculations  thus  tell  us  that  in  a 
solution  of  carbon  dioxide  in  w  ater,  most  of  the  COt  is  in  the  form  of  CO2  or  H2CCh,  a  small  traction  ionizes  to  form  1 1  and 
HCO-T,  and  an  even  smaller  traction  ionizes  to  give  CO-r  ■  Notice  also  that  [COf  |  is  numerically  equal  to  K,2. 

MM  PRACTICE  EXERCISE 

(a)  Calculate  the  pH  of  a  0.020  Al  solution  of  oxalic  acid  (H2C204).  (See  Table  16.3  for      and  K„2.)  (b)  Calculate  the  concentration 
of  oxalate  ion,  [C2O4    |,  in  this  solution. 

Auszvers:  (a)  pH      1  NO,  (b)  [C2042  J  =  6.4  ■  10  \A! 

16.7  I  Weak  Bases 

Many  substances  behave  as  weak  bases  in  water.  Weak  bases  react  with  water, 

abstracting  protons  from  H20,  thereby  forming  the  conjugate  acid  of  the  base 
and  OH  ions.  animation 

B(aq)  +  H20  ̂ =  HB+  +  OH  (aq)  [16.33] 

The  most  commonly  encountered  weak  base  is  ammonia. 

NH^ij)  +  H20(/)  NH4 '(,/</)  +  OH  (aq)  [16.34] 

The  equilibrium-constant  expression  for  this  reaction  can  be  written  as 

,        INH/HOH  I 
[NH3] 

116.35) 

Water  is  the  solvent,  so  it  is  omitted  from  the  equilibrium-constant  expression. 

As  with  Kw  and  K'„,  the  subscript  "b"  denotes  that  this  equilibrium  constant 
refers  to  a  particular  tvpe  of  reaction,  namely  the  ionization  of  a  weak  base  in 
water.  The  constant  fQ,  is  called  the  base-dissociation  constant.  The  constant 

In 

Introduction  to  Aqueous  Bases 
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TABLE  16.4    Some  Weak  Bases  and  Their  Aqueous  Solution  Equilibria 

Base 
Lewis 
Structure 

Conjugate 
Acid 

Equilibrium  Reaction 

Ammonia  (NH-;) 

'yridine  (C-,H^N) 

Hydroxylamine 
(H2NOH) 

Methylamine 
(NH2CH3) 

Hydrosulfide  ion 
(HS  ) 

Carbonate  ion 

(C0321 

Hypochlorite  ion 

(CIO") 

H  —  \  —  II 

H 

N: 

H  — N— OH 

H 

H— N— CH3 

II 

H  — 

:0: 

.•b.-^cv 

NH4 ' 
(  ICNH' H-iNOH 

NH^CHC 

H,S 

HCO-, 

HCIO 

NH,  +  H:0  =^  NH4*  +  OH  1.8  X  10 

C-,HSN  +  H20         C^H.NH    +  OH  1.7  x  10" 

H2NOH  +  H20         H3NOHH  +  Ol  I  1.1  /  10  H 

NH2CH-,  +  H20  =^  NH3CH3"1  +  OH  4.4  X  10"4 

HS    +  H.O  -     •  H-.S  +  OH  1.8  X  10  7 

CO32"  +  H20         HOV  +  OH 1.8  x  10 
4 

CIO   +  H.O         HCIO  -  OH  3.3  x  10"' 

always  refers  to  the  equilibrium  in  which  a  base  reacts  with  H^O  to  form  the  corre- 
sponding conjugate  acid  and  OH  .  Table  16.4  ▲  lists  the  names,  formulas,  Lewis 

structures,  equilibrium  reactions,  and  values  of  K/,  for  several  weak  bases  in 
water.  Appendix  D  includes  a  more  extensive  list.  These  bases  contain  one  or 
more  lone  pairs  of  electrons  because  a  lone  pair  is  necessary  to  form  the  bond 

with  H  '  .  Notice  that  in  the  neutral  molecules  in  Table  16.4,  the  lone  pairs  are  on 
nitrogen  atoms.  The  other  bases  listed  are  anions  derived  from  weak  acids. 

MM  SAMPLE  EXERCISE  16.14  |  Using  Kb  to  Calculate  [OH  ] 

Calculate  the  concentration  of  OH   in  a  0.15  M  solution  of  NH3. 

Solution 

Analyze:  We  are  given  the  concentration  of  a  weak  base  and  are  asked  to  determine  the  concentration  of  OH". 
Plan:  We  will  use  essentially  the  same  procedure  here  as  used  in  solving  problems  involving  the  ionization  of  weak  acids;  that  is, 
we  write  the  chemical  equation  and  tabulate  initial  and  equilibrium  concentrations. 

Solve:    We  first  write  the  ionization  NH3(aq)  +  H20(/)  NH4+{aq)  +  OH~(aq) 

[NH4T][OH" 

reaction  and  the  corresponding  equi- 
librium-constant (JCj,)  expression: 

K, 

[NH,] l.s  •  10 

We  then  tabulate  the  equilibrium  NH3((7(7)       +      HzO(Z)  NH4+(fl(/)     +  OH  (aq) concentrations  involved  in  the 

equilibrium: Initial 0.15  M 0 0 
Change 

-x  M 

+  .Y  M 

+xM 

Equilibrium (0.15  -  a  )  M 
xM xM 
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(We  ignore  the  concentration  of  H2O 
because  it  is  not  involved  in  the 

equilibrium-constant  expression.) 
Inserting  these  quantities  into  the 

equilibrium-constant      expression  K  =  [NH4JIOHJ  =    (.v)(.v)    =       ̂   - 
gives  the  following:  |NH,J  0.15  -  X 

Because  K/,  is  small,  we  can  neglect  x2 

the  small  amount  of  M  1 1  that  reacts  g.15  =       X  '(' with  water,  as  compared  to  the  total 

Nhh  concentration;  that  is,  we  can  X2  =  (0.15)(1.8  X  10  5)  =  2.7  ■   10  6 
neglect  ,v  relativ  e  to  0. 1  5  M.  Then  we 

have  x  =  [NH4  |  =  [OH  \  =  \  2.7  ■  10  h  =  1.6  <  10  M 

Check:  The  value  obtained  for  x  is  only  about  1%  of  the  Nl  1 3  concentration,  0.15  M.  Therefore,  neglecting  v  relative  to  0.15  w  as 
justified. 

Wm  PRACTICE  EXERCISE 

Which  of  the  following  compounds  should  produce  the  highest  pH  as  a  0.05  M  solution:  pyridine,  methvlamine,  or  nitrous  acid? 
Answer:  methvlamine  (because  it  has  the  largest  K[,  value) 

Types  of  Weak  Bases 

How  can  we  recognize  from  a  chemical  formula  whether  a  molecule  or  ion  is 
able  to  behave  as  a  weak  base?  Weak  bases  fall  into  two  general  categories.  The 
first  category  contains  neutral  substances  that  have  an  atom  with  a  nonbonding 

pair  of  electrons  that  can  serv  e  as  a  proton  acceptor.  Most  of  these  bases,  in- 
cluding all  of  the  uncharged  bases  listed  in  Table  16.4,  contain  a  nitrogen  atom. 

These  substances  include  ammonia  and  a  related  class  of  compounds  called 

amines.  In  organic  amines,  one  or  more  of  the  N  —  H  bonds  in  NH3  is  replaced 
with  a  bond  between  N  and  C.  Thus,  the  replacement  of  one  N  —  H  bond  in 
NH^  with  a  N  —  CH-  bond  gives  methvlamine,  NH2CH-,  (usually  written 
CH3NH2).  hike  NH->W  amines  can  abstract  a  proton  from  a  water  molecule  by 
forming  an  additional  N  —  H  bond,  as  shown  here  for  methvlamine: 

(aq)  +  OH  (aq)  [16.36] 

The  chemical  formula  for  the  conjugate  acid  of  methylamine  is  usually  written 

CH^NH3+. 
The  second  general  category  of  weak  bases  consists  of  the  anions  of  weak 

acids.  In  an  aqueous  solution  of  sodium  hypochlorite  (NaCIO),  for  example, 

NaCIO  dissociates  to  give  Na'  and  OCT  ions.  The  Na  ion  is  always  a  specta- 
tor ion  in  acid-base  reactions.  The  CIO  ion,  however,  is  the 

conjugate  base  of  a  weak  acid,  hypochlorous  acid.  Consequently,  the  CIO  ion 
acts  as  a  weak  base  in  water: 

I  I 

H — N — CH^nq)  t  H20(7) 

1 1 

H— N— CH, 

H 

CIO  (aq)  +  H20(/) 
HClO(aq)  +  OH~  (aq)       Kh  =  3.3  <  10  '       1 16.37] 



696       Chapter  16     |     Acid-Base  Equilibria 

3.50 

EH  SAMPLE  EXERCISE  16.15  |  Using  pH  to  Determine  the  Concentration  of  a  Salt 

A  solution  made  by  adding  solid  sodium  hypochlorite  (NaCIO)  to  enough  water  to  make  2.00  L  of  solution  has  a  pH  of  10.50. 
Using  the  information  in  Equation  16.37,  calculate  the  number  of  moles  of  NaCIO  that  were  added  to  the  water. 

Solution 

Analyze:  We  are  given  the  pH  of  a  2.00-L  solution  of  NaCIO  and  must  calculate  the  number  of  moles  of  NaCIO  needed  to  raise 

the  pH  to  10.50.  NaCIO  is  an  ionic  compound  consisting  of  Na+  and  CIO  ions.  As  such,  it  is  a  strong  electrolyte  that  completely 
dissociates  in  solution  into  Na  ,  which  is  a  spectator  ion,  and  CIO  ion,  which  is  a  weak  base  with  K;,  =  3.33  X  10  7  (Equa- tion 16.37). 

Plan:  From  the  pH,  we  can  determine  the  equilibrium  concentration  of  OH  .  We  can  then  construct  a  table  of  initial  and  equilib- 
rium concentrations  in  which  the  initial  concentration  of  CIO  is  our  unknown.  We  can  calculate  [CIO  ]  using  the  equilibrium- 

constant  expression,  K/,. 

Solve:  We  can  calculate  [OH  ]  by 
using  either  Equation  16. 16  or  Equa- 

tion 16.19;  we  will  use  the  latter 
method  here: 

This  concentration  is  high  enough 
that  we  can  assume  that  Equa- 

tion 16.37  is  the  only  source  of  OH  ~; 
that  is,  we  can  neglect  any  OH~  pro- duced by  the  autoionization  of  H2O. 
We  now  assume  a  value  of  x  for  the 

initial  concentration  of  CIO"  and 
solve  the  equilibrium  problem  in  the 
usual  way. 

We  now  use  the  expression  for  the 
base-dissociation  constant  to  solve 
for  x: 

pOH 

[OH  ] 

14.00 

io"33' 

pH  =  14.00  -  10.50 

=  3.16  X  10"4  M 

ClO'(aq) 

+    H20(/)  HCIO(^)  OH~(aq) 
Initial 

x  M 
0 0 

Change 

-3.16  x  10~4  M 

+3.16  x  10~4M +3.16  x  10"4  M 
Final 

(  a  -  3.16  X  10~4)  M 3.16  x  10  4  M 

3.16  X  10~4M 

Thus 

[HCIOHOH 

[cio-] 

(3.16  x  10 

3.3  X  10" 

'3.16  X  10 

x  -  3.16  x  10" 

3.3  x  10" 

-4\2 

(3.16  x  10"4)  =  0.30  M 

We  say  that  the  solution  is  0.30  M  in  NaCIO,  even  though  some  of  the  CIO"  ions  have  reacted  with  water.  Because  the  solution  is 0.30  M  in  NaCIO  and  the  total  volume  of  solution  is  2.00  L,  0.60  mol  of  NaCIO  is  the  amount  of  the  salt  that  was  added  to  the 
water. 

■1  PRACTICE  EXERCISE 

A  solution  of  NH3  in  water  has  a  pH  of  11.17.  What  is  the  molarity  of  the  solution? 
Ansiver:  0.12  M 

16.8  I  Relationship  Between  Ka  and  Kt,  

We've  seen  in  a  qualitative  way  that  the  stronger  acids  have  the  weaker  conju- 

gate bases.  To  see  if  we  can  find  a  corresponding  quantitative  relationship,  let's 
consider  the  NH4+  and  NH3  conjugate  acid-base  pair.  Each  of  these  species  re- acts with  water: 

NH4>)  NH3(«<7)  +  H+(aq)  [16.38] 

NH3(mj)  +  H20(/)  NH4V7)  +  OYT{aq)  [16.39] 

Each  of  these  equilibria  is  expressed  by  a  characteristic  dissociation  constant: 

[NH3][H+] 

[NH4+] [NH4+][OH 

Kb  [NH 
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When  Equations  16.38  and  16.39  are  added  together,  the  NJH4'  and  NH-s 
species  cancel  and  w  e  arc  left  w  ith  just  the  autoionization  of  w  ater. 

NH4+(^)  ̂   NH3((?ij)  1  H+(nq) 

NH3(fli?)  +  H2Q(/)  NH4></)  t  OH  jag) 

H20(/)         H  ' (aq)  •  Ol  I  (</</) 

Recall  that  when  two  equations  are  added  to  give  a  third,  the  equilibrium  con- 
stant associated  with  the  third  equation  equals  the  product  ol  the  equilibrium 

constants  for  the  two  equations  added  together. 

Applying  this  rule  to  our  present  example,  when  we  multiply  Ktl  and  Kh, 
we  obtain  the  following: 

„      /  JNEh][H  ]  \(  |NH4  K][OH 

V    !NH4T]    )\  [NH,T 
[H+][OH  |  Kw 

Thus,  the  result  of  multiplying  Ka  times  K,  is  just  the  ion-product  constant  for 
water,  Kw  (Equation  16.16).  I  his  is  what  we  would  expect,  moreover,  because 
adding  Equations  16.38  and  16.39  gave  us  the  autoionization  equilibrium  for 
water,  for  which  the  equilibrium  constant  is  Kw. 

This  relationship  is  so  important  that  it  should  receive  special  attention: 

The  product  of  the  acid-dissociation  constant  for  an  acid  and  the  base- 
dissociation  constant  for  its  conjugate  base  is  the  ion-product  constant  for 
water. 

K„  x  Kb  =  Kw  [16.40] 

As  the  strength  of  an  acid  increases  (larger  Ka),  the  strength  ol  its  conjugate  base 

must  decrease  (smaller  K[,)  so  that  the  product  Kn  ■  K/,  equals  1.0  ■  10  N  at 
25°C.  The  Ka  and  Kt,  data  in  Table  16.5  T  demonstrate  this  relationship. 

By  using  Equation  16.40,  we  can  calculate  K/,  for  any  weak  base  if  we  know 
Kn  for  its  conjugate  acid.  Similarly,  we  can  calculate  K„  for  a  weak  acid  it  we 

know  K;,  for  its  conjugate  base.  As  a  practical  consequence,  ionization  constants 

are  often  listed  for  only  one  member  of  a  conjugate  acid-base  pair,  l  or  example, 
Appendix  D  does  not  contain  Kh  values  for  the  anions  of  weak  acids  because 
these  can  be  readily  calculated  from  the  tabulated  K„  values  for  their  conjugate 
acids. 

If  you  look  up  the  values  tor  acid-  or  base-dissociation  constants  in  a  chem- 

istry handbook,  you  may  find  them  expressed  as  pKa  or  pK,,  (that  is,  as  log  K'„ 
or  -log  Kj,).  (Section  16.4)  Equation  16.40  can  be  written  in  terms  of  pK„  and 
pK(,  by  taking  the  negative  log  of  both  sides: 

pKn  +  pKb  =  pKu,  =  14.00    at25°C  [16.41] 

I  TABLE  16.5 Some  Conjugate  Acid-Base  Pairs 

:  m 

Acid Base 

Kb 

HN03 (Strong  acid ) 

NO, 

(Negligible  basicity) 
HF 

6.8  X  10  4 
1 

1.5  x  10  11 
HC2EhO: 

l.S  ■  10  ' 
C2H302 

5.6  X  10  1(1 
EECO, 

4.3  x  III  7 

1  ico3 

2.3  X  10  s NH4 ' 
5.h  ■   10  111 

NH3 

1.8  >  10  ' 
HCO^ 

5.6  X  10  11 

CO32 
1.8  >  10  1 

OH (Negligible  acidity) 

O2
 

(Strong  base) 
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CHEMISTRY  AT  WORK  |  Amines  and  Amine  Hydrochlorides 

Many  amines  with  low  molecular  weights  have  unpleas- 
ant "fishy"  odors.  Amines  and  Nil  .  are  produced  by  the 

anaerobic  (absence  of  CK)  decomposition  of  dead  animal 
or  plant  matter.  Two  such  amines  with  very  disagreeable 
odors  are  HiNfCHi^NH^,  known  as  putrescine,  and 
HiNfCHil^NHi,  known  as  cadaverine. 

Many  drugs,  including  quinine,  codeine,  caffeine,  and 

amphetamine  (Benzedrine'  ),  are  amines.  Like  other  amines, 
these  substances  are  weak  bases;  the  amine  nitrogen  is  readily 

protonated  upon  treatment  with  an  acid.  The  resulting  prod- 
ucts are  called  acid  salts.  If  we  use  A  as  the  abbreviation  for  an 

amine,  the  acid  salt  formed  by  reaction  with  hydrochloric  acid 

can  be  written  as  AHfCl  .  It  is  also  sometimes  written  as 
A-HC1  and  referred  to  as  a  hydrochloride.  Amphetamine  hy- 

drochloride, for  example,  is  the  acid  salt  formed  by  treating 
amphetamine  with  HC1: 

CH2— CH  — Ni  i  (uq)  +  :  \Cl(aq) 
CH3 

Amphetamine 

CH2— CH  — NI  I  XI  (aq) 

CH3 

Amp  he  ta  m  i  n  e  h  yd  roc  h  1  or  i  d  e 

Such  acid  salts  are  much  less  volatile,  more  stable,  and 

generally  more  water-soluble  than  the  corresponding  neutral 
amines.  Many  drugs  that  are  amines  are  sold  and  adminis- 

tered as  acid  salts.  Some  examples  of  over-the-counter  med- 
ications that  contain  amine  hydrochlorides  as  active 

ingredients  are  shown  in  Figure  Id. 10  ▼. 
Related  Exercises: 16.77,  16.78,  16.114,  and  16.123 

A  Figure  16.10  Some  over-the-counter  medications  in  which  an  amine 
hydrochloride  is  a  major  active  ingredient. 

■■  SAMPLE  EXERCISE  16.16  |  Calculating  Ka  or  Kb  for  a  Conjugate  Acid-Base  Pair 

Calculate  (a)  the  base-dissociation  constant,  for  the  fluoride  ion  (F~);  (b)  the  acid- 
dissociation  constant,  Ka,  for  the  ammonium  ion  (NH4+). 

Solution 

Analyze:  We  are  asked  to  determine  dissociation  constants  for  F~,  the  conjugate  base 
of  HF,  and  NH4+,  the  conjugate  acid  of  NH3. 
Plan:  Although  neither  F  ~  nor  NH4+  appears  in  the  tables,  we  can  find  the  tabulated values  for  ionization  constants  for  HF  and  NH3,  and  use  the  relationship  between  Ka 
and  K[,  to  calculate  the  ionization  constants  for  each  of  the  conjugates. 
Solve:  (a)  Ka  for  the  weak  acid,  HF,  is  given  in  Table  16.2  and  Appendix  D  as 

Ka  =  6.8  x  1CT4.  We  can  use  Equation  16.40  to  calculate  Kb  for  the  conjugate  base,  F~: 

_  1.0  X  1Q~1
4 

Ka      6.8  X  10"4 

Kb  =       --  v  =  1.5  x  10"1 

(b)  Kb  for  NH3  is  listed  in  Table  16.4  and  in  Appendix  D  as  Kh  =  1.8  X  10" 
Using  Equation  16.40,  we  can  calculate  Kn  for  the  conjugate  acid,  NH4+: 

Kb      1.8  x  10~5 
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■1  PRACTICE  EXERCISE 

(a)  Which  of  the  following  anions  has  the  largest  base-dissociation  constant:  \0:  , 
PO.^  ,  or       ?  (b)  The  base  quinoline  has  the  following  structure: 

Its  conjugate  acid  is  listed  in  handbooks  as  having  a  pK„  of  4.90.  What  is  the  base 
dissociation  constant  for  quinoline? 

Answers:  (a)  P<V  i^b  =  2.4  /  10  2),  (b)  7.4  ■   10  111 

16.9  |  Acid-Base  Properties  of  Salt  Solutions 

Even  before  you  began  this  chapter,  you  were  undoubtedly  aware  of  many  sub- 
stances that  are  acidic,  such  as  HNO-w  HO,  and  H2SO4,  and  others  that  are 

basic,  such  as  NaOH  and  Nhh.  However,  our  recent  discussions  have  indicated 

that  ions  can  also  exhibit  acidic  or  basic  properties.  For  example,  we  calculated 

K„  for  NH_i+  and  K/,  for  F  in  Sample  Exercise  16. lo.  Such  behavior  implies  that 
salt  solutions  can  be  acidic  or  basic.  Before  proceeding  with  further  discussions 

of  acids  and  bases,  let's  examine  the  way  dissolved  salts  can  affect  pH. 
We  can  assume  that  when  salts  dissolve  in  water,  they  are  completely  dis- 

sociated; nearlv  -ill  salts  are  strong  electrolytes.  Consequently,  the  acid-base 
properties  of  salt  solutions  are  due  to  the  behavior  of  their  constituent  cations 
and  anions.  Many  ions  are  able  to  react  with  water  to  generate  H  {aq)  or 

OH"(rt(/).  This  type  of  reaction  is  often  called  hydrolysis.  The  pH  of  an  aqueous 
salt  solution  can  be  predicted  qualitatively  by  considering  the  ions  of  which  the 
salt  is  composed. 

An  Anion's  Ability  to  React  with  Water 
In  general,  an  anion,  X  ,  in  solution  can  be  considered  the  conjugate  base  of  an 

acid.  For  example,  CI  is  the  conjugate  base  of  HCI  and  C2H3O2  is  the  conju- 
gate base  of  HC2H3O2.  Whether  an  anion  reacts  with  water  to  produce  hydrox- 

ide depends  upon  the  strength  of  the  acid  to  which  it  is  conjugate.  To  identify 

the  acid  and  assess  its  strength,  we  can  simply  add  a  proton  to  the  anion's formula: 

X   plus  a  proton  (H  ' )  gives  HX 

If  the  acid  determined  in  this  way  is  one  of  the  strong  acids  listed  at  the  begin- 
ning of  Section  16.5,  then  the  anion  in  question  will  have  a  negligible  tendency 

to  abstract  protons  from  water  (Section  16.2).  Consequently,  the  anion  X  will 
not  affect  the  pH  of  the  solution.  The  presence  of  CI  in  an  aqueous  solution,  for 
example,  does  not  result  in  the  production  of  any  OH  and  does  not  affect  the 

pH.  Thus,  CP  is  always  a  spectator  in  acid-base  chemistry. 
Conversely,  if  HX  is  not  one  of  the  seven  strong  acids,  then  it  is  a  weak  acid. 

In  this  case  the  conjugate  base  X  is  a  weak  base.  This  anion  will  therefore  react 
to  a  small  extent  with  water  to  produce  the  weak  acid  and  hydroxide  ions: 

X  (aq)  f  H20(/)  HX(aq)  f  OH  (aq)  [16.42] 

The  OH  ion  generated  in  this  way  increases  the  pH  of  the  solution,  making  it 
basic.  Acetate  ion  (C2H3O2  ),  for  example,  being  the  conjugate  base  of  a  weak 
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acid,  reacts  with  water  to  produce  acetic  acid  and  hydroxide  ions,  thereby  in- 

creasing the  pH  of  the  solution.* 

C2H302  (aq)  +  H20(/)  =±  HC2hh02(rt(/)  +  OH  (nq)        1 16.43] 

Q    GIVE  IT  SOME  THOUGHT 

What  effect  will  each  of  the  following  ions  have  on  the  pH  of  a  solution:  N05  and 

C032  ? 

Anions  that  still  have  ionizable  protons,  such  as  HSO7  ,  are  amphiprotic. 
They  can  act  as  either  acids  or  bases.  Their  behavior  toward 

water  will  be  determined  by  the  relative  magnitudes  of  Kn  and  Kh  for  the  ion,  as 
shown  in  Sample  Exercise  16.17.  If  Ka  >  Kb,  the  ion  will  cause  the  solution  to  be 
acidic.  If  K/,  >  K„,  the  solution  will  be  basic. 

A  Cation's  Ability  to  React  with  Water 
Polyatomic  cations  whose  formulas  contain  one  or  more  protons  can  be  consid- 

ered the  conjugate  acids  of  weak  bases.  NH4+,  for  example,  is  the  conjugate 

acid  of  the  weak  base  NEh.  Thus,  NH4 '  is  a  weak  acid  and  will  donate  a  pro- 
ton to  water,  producing  hydronium  ions  and  thereby  lowering  the  pH: 

NrV(rt,j)  +  H20(/)  NH3(aq)  +  EhO+(<?</)  [16.44] 

Most  metal  ions  can  also  react  with  water  to  decrease  the  pH  of  an  aqueous 

solution.  The  mechanism  bv  which  metal  ions  produce  acidic  solutions  is  de- 
scribed in  Section  16.11.  However,  ions  of  alkali  metals  and  of  the  heavier  alkaline 

earth  metals  do  not  react  with  water  and  therefore  do  not  affect  pH.  Note  that 
these  exceptions  are  the  cations  found  in  the  strong  bases. 

Q    GIVE  IT  SOME  THOUGHT 

Which  of  the  following  cations  has  no  effect  on  the  pH  of  a  solution:  K+,  Fe2~,  or  Al3+? 

Combined  Effect  of  Cation  and  Anion  in  Solution 

If  an  aqueous  salt  solution  contains  an  anion  that  does  not  react  with  water  and 

a  cation  that  does  not  react  with  water,  we  expect  the  pH  to  be  neutral.  If  the  so- 
lution contains  an  anion  that  reacts  with  water  to  produce  hydroxide  and  a 

cation  that  does  not  react  with  water,  we  expect  the  pH  to  be  basic.  If  the  solu- 
tion contains  a  cation  that  reacts  with  water  to  produce  hydronium  and  an 

anion  that  does  not  react  with  water,  we  expect  the  pH  to  be  acidic.  Finally,  a  so- 
lution mav  contain  an  anion  and  a  cation  both  capable  of  reacting  with  water.  In 

this  case  both  hydroxide  and  hvdronium  will  be  produced.  Whether  the  solu- 
tion is  basic,  neutral,  or  acidic  will  depend  upon  the  relative  abilities  of  the  ions 

to  react  with  water. 
To  summarize: 

1.  An  anion  that  is  the  conjugate  base  of  a  strong  acid,  for  example,  Br~,  will 
not  affect  the  pH  of  a  solution. 

2.  An  anion  that  is  the  conjugate  base  of  a  weak  acid,  for  example,  Cr\T,  will 
cause  an  increase  in  pH. 

*  These  rules  apply  to  what  are  called  normal  salts.  These  salts  are  those  that  contain  no  ionizable 
protons  on  the  anion.  I  he  pH  of  an  acid  salt  (such  as  NaHCO^  or  NaH2P04)  is  affected  not  only  by 
the  hydrolysis  of  the  anion  but  also  by  its  acid  dissociation,  as  shown  in  Sample  Exercise  16.17. 
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<  Figure  16.11    Salt  solutions  can  be 
neutral,  acidic,  or  basic.  These  three  solutions 
contain  the  acid-base  indicator  bromthymol  blue 
(a)  The  NaCI  solution  is  neutral  (pH  7.0), 
(b)  the  NH4CI  solution  is  acidic  (pH  3.5); 
(c)  the  NaCIO  solution  is  basic  (pH  9.5). 

(a) 
(b) 

(c) 

3.  A  cation  that  is  the  conjugate  acid  of  a  weak  base,  for  example,  CH^NH^*, 
will  cause  a  decrease  in  pH. 

4.  The  cations  of  group  1  A  and  heavier  members  of  group  2A  (Ca~  ,  Sr2 ' ,  and 
Ba~+)  will  not  affect  pi  1.  I  best-  arc  the  cations  of  the  strong  Arrhenius  bases. 

5.  Other  metal  ions  will  cause  a  decrease  in  pi  I. 

6.  When  a  solution  contains  hoth  the  conjugate  base  of  a  weak  acid  and  the 
conjugate  acid  of  a  weak  base,  the  ion  with  the  larger  equilibrium  constant, 
Kn  or  K/,,  will  have  the  greater  influence  on  the  pH. 

Figure  16.1 1  ▲  demonstrates  the  influence  of  several  salts  on  pH. 

WM  SAMPLE  EXERCISE  16.17  |  Predicting  the  Relative  Acidity  of  Salt  Solutions 

List  the  following  solutions  in  order  of  increasing  pH:  (i)  0.1  M  BafCSFhCK^, 
(ii)O.l  M  NH4C1,  (iii)  0.1  M  NH^CH^Br,  (iv)  0.1  M  KNOv 

Solution 

Analyze:  We  are  asked  to  arrange  a  series  of  salt  solutions  in  order  of  increasing  pH 
(that  is,  from  the  most  acidic  to  the  most  hasic). 
Plan:  We  can  determine  whether  the  pH  of  a  solution  is  acidic,  hasic,  or  neutral  by 
identifying  the  ions  in  solution  and  by  assessing  how  each  ion  w  ill  affect  the  pi  I 

Solve:  Solution  (i)  contains  barium  ions  and  acetate  ions.  Ba~"  is  an  ion  of  one  of  the 
heavy  alkaline  earth  metals  and  will  therefore  not  affect  the  pi  1  (summary  point  4). 
The  anion,  C^H^O:  ,  is  the  conjugate  base  of  the  weak  acid  HCtH^O^  and  will  hv- 
drolyze  to  produce  OH  ions,  thereby  making  the  solution  basic  (summary  point  2). 
Solutions  (ii)  and  (iii)  both  contain  cations  that  are  conjugate  acids  of  weak  bases  and 
anions  that  are  conjugate  bases  of  strong  acids.  Both  solutions  will  therefore  be  acidic. 

Solution  (i)  contains  NH4  ',  which  is  the  conjugate  acid  of  NFh  ( K),  =  1.8  X  10  ). 
Solution  (iii)  contains  NH-(Chh*,  which  is  the  conjugate  acid  of  NhhChh 
(Kh  =  4.4  x  10~4).  Bee  ause  NH-s  has  the  smaller  Kj,  and  is  the  weaker  of  the  two 
bases,  NH4+  will  be  the  stronger  of  the  two  conjugate  acids.  Solution  (ii)  will  there- 

fore be  the  more  acidic  of  the  two.  Solution  (iv)  contains  the  k  ion,  which  is  the 

cation  of  the  strong  base  KOH,  and  the  NO-?-  inn,  which  is  the  conjugate  base  of  the 
strong  acid  HNGv  Neither  of  the  ions  in  solution  (iv)  will  react  with  water  to  any  ap- 

preciable extent,  making  the  solution  neutral.  Thus,  the  order  of  pi  I  is  0.1  AI 
NH4CI  <  0.1  M  NH?ChhBr  <  0.1  A/1  KNCh  <  0.1  M  Ba(C;hhO:)2- 

Acid-Base  Classification  of  Salts 

WM  PRACTICE  EXERCISE 

In  each  of  the  following,  indicate  which  salt  will  form  the  more  acidic  (or  less  basic) 
0.010  M  solution:  (a)  NaNOw  Fe(N03)3;  (b)  KBr,  KBrO;  (cK  II  \H  (  BaCk, 
(d)  NH4NCK  NH4NCV 
Answers:  (a)  Fe(N03)3,  (b)  KBr,  (c)  ChhNH.CI,  (d)  NH4NO, 
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Wm  SAMPLE  EXERCISE  16.18  |  Predicting  Whether  the  Solution  of  an  Amphiprotic 
Anion  is  Acidic  or  Basic 

Predict  whether  the  salt  Na2HP04  will  form  an  acidic  solution  or  a  basic  solution  on 
dissolving  in  water. 

Solution 

Analyze:  We  are  asked  to  predict  whether  a  solution  of  Na2HP04  will  be  acidic  or 

basic.  This  substance  is  an  ionic  compound  composed  of  Na'  and  HP042  ions. 
Plan:  We  need  to  evaluate  each  ion,  predicting  whether  each  is  acidic  or  basic.  Be- 

cause Na+  is  the  cation  of  a  strong  base,  NaOH/we  know  that  Na"  has  no  influence 
on  pH.  It  is  merely  a  spectator  ion  in  acid-base  chemistry.  Thus,  our  analysis  of 

whether  the  solution  is  acidic  or  basic  must  focus  on  the  behavior  of  the  HP042~  ion. 
We  need  to  consider  the  fact  that  HP042  can  act  as  either  an  acid  or  a  base. 

HP042  (aq)  ;=±  H+(aq)  +  P(V  (aq)  [16.45] 

HP042  (aq)  +  H20         H2P04  '(aq)  +  OH~(aq)  [16.46] 
The  reaction  with  the  larger  equilibrium  constant  will  determine  whether  the  solu- 

tion is  acidic  or  basic. 

Solve:  The  value  of  Kn  for  Equation  16.45,  as  shown  in  Table  16.3,  is  4.2  X  10  B.  We 
must  calculate  the  value  of  K/,  for  Equation  16.46  from  the  value  of  Ka  for  its  conjugate 

acid,  H2PO4-.  We  make  use  of  the  relationship  shown  in  Equation  16.40. 
Ka  x  K;,  =  Kw 

We  want  to  know  K;,  for  the  base  HP042  ,  knowing  the  value  of  K„  for  the  conjugate 

acid  H2P04 ~: 

K,,(HP042")  x  Kfl(H2P(V)  =  Kw  =  1.0  x  10"14 

Because  Ka  for  H2P04  is  6.2  X  10"8  (Table  16.3),  we  calculate  Kb  for  HP042  to 
be  1.6  x  10  .  This  is  more  than  10n  times  larger  than  K„  for  HP042  ;  thus,  the  reac- 

tion shown  in  Equation  16.46  predominates  over  that  in  Equation  16.45,  and  the  solu- 
tion will  be  basic. 

Wm  PRACTICE  EXERCISE 

Predict  whether  the  dipotassium  salt  of  citric  acid  (K2HChH?07)  will  form  an  acidic 
or  basic  solution  in  water  (see  Table  16.3  for  data). 
Answer:  acidic 

16.10  I  Acid-Base  Behavior  and  Chemical  Structure 

When  a  substance  is  dissolved  in  water,  it  may  behave  as  an  acid,  behave  as  a 

base,  or  exhibit  no  acid-base  properties.  How  does  the  chemical  structure  of  a 
substance  determine  which  of  these  behaviors  is  exhibited  by  the  substance? 
For  example,  why  do  some  substances  that  contain  OH  groups  behave  as  bases, 
releasing  OH  ions  into  solution,  whereas  others  behave  as  acids,  ionizing  to 

release  H~  ions?  Whv  are  some  acids  stronger  than  others?  In  this  section  we 
will  discuss  briefly  the  effects  of  chemical  structure  on  acid-base  behavior. 

Factors  that  Affect  Acid  Strength 

A  molecule  containing  H  will  transfer  a  proton  only  if  the  H  —  X  bond  is  polar- 
ized in  the  following  way: 

H  * 

H— X 

In  ionic  hydrides,  such  as  NaH,  the  reverse  is  true;  the  H  atom  possesses  a  neg- 
ative charge  and  behaves  as  a  proton  acceptor  (Equation  16.23).  Essentially 

nonpolar  H  —  X  bonds,  such  as  the  H  — C  bond  in  CH4,  produce  neither  acidic 
nor  basic  aqueous  solutions. 
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A  second  factor  that  helps  determine  whether  a  molecule  containing  an 

H  —  X  bond  will  donate  a  proton  is  the  strength  of  the  bond.  Very  strong  bonds 
are  less  easily  dissociated  than  weaker  ones.  This  factor  is  important,  for  exam- 

ple, in  the  case  ol  the  hydrogen  halides.  I  he  H —  F  bond  is  the  most  polar 
H  —  X  bond.  You  therefore  might  expect  that  I  IF  would  be  a  very  strong  acid  it 
the  first  factor  was  all  that  mattered.  However,  the  energy  required  to  dissociate 
F1F  into  1 1  and  F  atoms  is  much  higher  than  it  is  tor  the  other  hydrogen  halides, 

as  shown  in  Table  S.4.  As  a  result,  HF  is  a  w  eak  acid,  whereas  all  the  other  hy- 
drogen halides  are  strong  acids  in  water. 

A  third  factor  that  affects  the  ease  w  ith  which  a  hydrogen  atom  ionizes 

from  HX  is  the  stability  of  the  conjugate  base,  X  .In  general,  the  greater  the  sta- 
bility of  the  conjugate  base,  the  stronger  is  the  acid.  The  strength  of  an  acid  is 

often  a  combination  of  all  three  factors:  the  polarity  of  the  H  X  bond,  the 

strength  of  the  H  —  X  bond,  and  the  stability  of  the  conjugate  base,  X  . 

Binary  Acids 

In  general,  the  H  —  X  bond  strength  is  the  most  important  factor  determining 
acid  strength  among  the  binary  acids  (those  containing  hydrogen  and  just  one 

other  element)  in  which  X  is  in  the  same  group  in  the  periodic  table.  The 

strength  of  an  H  —  X  bond  lends  to  decrease  as  the  element  X  increase's  in  si/e. 
As  a  result,  the  bond  strength  decreases  and  the  acidity  increases  down  a 
group.  Thus,  HC1  is  a  stronger  acid  than  I  IF,  and  H2S  is  a  stronger  acid  than 
H20. 

Bond  strengths  change  less  moving  across  a  row  in  the  periodic  table  than 

they  do  down  a  group.  As  a  result,  bond  polarity  is  the  major  factor  determin- 
ing acidity  for  binary  acids  in  the  same  row.  Thus,  acidity  increases  as  the  elec- 

tronegativity of  the  element  X  increases,  as  it  generally  does  moving  from  left  to 

right  in  a  row.  For  example,  the  acidity  of  the  second-row  elements  varies  in  the 
following  order:  CH4  •  NH,  <■  H20  HF.  Because  the  C  — H  bond  is  es- 

sentially nonpolar,  CF14  shows  no  tendency  to  form  11  and  CH-;  ions.  Al- 

though the  N  —  H  bond  is  polar,  NJH-!  has  a  nonbonding  pair  of  electrons  on  the 
nitrogen  atom  that  dominates  its  chemistry,  so  NH^  acts  as  a  base  rather  than  as 

an  acid.  The  periodic  trends  in  the  acid  strengths  of  binary  compounds  of  hy- 
drogen and  the  nonmetals  of  periods  2  and  3  are  summarized  in  Figure  16.12  ▼. 

V    GIVE  IT  SOME  THOUGHT 

What  is  the  major  factor  determining  the  increase  in  acidity  of  binary  acids  going 
down  a  column  of  the  periodic  table?  What  is  the  major  factor  going  across  a  period? 

GROUP 

4A 5A 6A 7A 

Period  2 

CH4 

No  acid  or 

base  properties 

Ml, 

Weak  base 

PFO HF 

Weak  acid 

Period  3 

SiH4 

No  acid  or 

base  properties 

IMF 

Weak  base 

FFS 

Weak  acid 

1  (CI 

Strong  acid 

Increasing  acid  strengt 

Increasing  base  strength 

■£ 

c 
B 

-4  Figure  16.12   Trends  in  acid-base 
properties  of  binary  hydrides.  The  acidity  of 
the  binary  compounds  of  hydrogen  and 
nonmetals  increases  moving  left  to  right  across  a 
period  and  moving  top  to  bottom  down  a  group. 
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Oxyacids 

Many  common  acids,  such  as  sulfuric  acid,  contain  one  or  more  O  —  H  bonds: 

:6: 

II    O — S — O — H 
:Q: 

Acids  in  which  OH  groups  and  possibly  additional  oxygen  atoms  arc  bound  to 
a  central  atom  are  called  oxyacids.  The  OH  group  is  also  present  in  bases.  What 
factors  determine  whether  an  OH  group  will  behave  as  a  base  or  as  an  acid? 

Let's  consider  an  OH  group  bound  to  some  atom  Y,  which  might  in  turn 
have  other  groups  attached  to  it: 

— Y — < , 

/ 

Shift  of  electron  density 

H 

^JL   „  £ 

EN  =  3.0 

EN 

▲  Figure  16.13   The  acidity  of  oxyacids 
increases  with  increasing  electronegativity 
of  the  central  atom.  As  the  electronegativity  of 
the  atom  attached  to  an  OH  group  increases,  the 
ease  with  which  the  hydrogen  atom  is  ionized 
increases.  The  drift  of  electron  density  toward  the 

electronegative  atom  further  polarizes  the  0  —  H 
bond,  which  favors  ionization.  In  addition,  the 
electronegative  atom  will  help  stabilize  the 
conjugate  base,  which  also  leads  to  a  stronger 
acid.  Because  CI  is  more  electronegative  than  I, 
HCIO  is  a  stronger  acid  than  HIO. 

TABLE  16.6  Electronegativity 
Values  (EN)  of  Y  and 
Acid-Dissociation  Constants 

Acid EN  of  Y 

1  It  l(  ) 3.0 
3.0  x 

10  s 

1  IBrO 2.8 
2.5  x 

10  9 

i  no 2.5 
2.3  x 

10  11 

At  one  extreme,  Y  might  be  a  metal,  such  as  Na,  K,  or  Mg.  Because  of  their  low 
electronegativities,  the  pair  of  electrons  shared  between  Y  and  O  is  completely 

transferred  to  oxygen,  and  an  ionic  com- 

pound containing  OH~  is  formed.  Such 

compounds  are  therefore  sources  of  OH~ ions  and  behave  as  bases. 

H       Ka  =  3.0  x  10~h  When  Y  is  a  nonmetal,  the  bond  to  O 
is  covalent  and  the  substance  does  not 

readily  lose  OH  .  Instead,  these  com- 
pounds are  either  acidic  or  neutral.  As  a 

general  rule,  as  the  electronegativity  of  Y 

increases,  so  will  the  acidity  of  the  sub- 
stance. This  happens  for  two  reasons: 

H       Kn  =  2.3  x  10  1 1     First,  as  electron  density  is  drawn  toward 
Y,  the  O  —  H  bond  becomes  weaker  and 

more  polar,  thereby  favoring  loss  of  H* (Figure  16.13  A).   Second,   because  the 

conjugate  base  is  usually  an  anion,  its  stability  generally  increases  as  the  elec- 
tronegativity of  Y  increases. 

Many  oxyacids  contain  additional  oxygen  atoms  bonded  to  the  central 
atom  Y.  The  additional  electronegative  oxygen  atoms  pull  electron  density  from 

the  O  —  H  bond,  further  increasing  its  polarity.  Increasing  the  number  of  oxy- 
gen atoms  also  helps  stabilize  the  conjugate  base  by  increasing  its  ability  to 

"spread  out"  its  negative  charge.  Thus,  the  strength  of  an  acid  will  increase  as 
additional  electronegative  atoms  bond  to  the  central  atom  Y. 

We  can  summarize  these  ideas  as  two  simple  rules  that  relate  the  acid 
strength  of  oxyacids  to  the  electronegativity  of  Y  and  to  the  number  of  groups 
attac  bed  to  Y. 

1.  For  oxyacids  that  have  the  same  number  of  OH  groups  and  the  same  num- 
ber of  O  atoms,  acid  strength  increases  with  increasing  electronegativity  of 

the  central  atom  Y.  For  example,  the  strength  of  the  hypohalous  acids, 

which  have  the  structure  H  —  O  —  Y,  increases  as  the  electronegativity  of  Y 
increases  (Table  16.6  A). 

2.  For  oxyacids  that  have  the  same  central  atom  Y,  acid  strength  increases  as 
the  number  of  oxygen  atoms  attached  to  Y  increases.  For  example,  the 
strength  of  the  oxyacids  of  chlorine  steadily  increases  from  hypochlorous 
ac  id  (HCIO)  to  perchloric  acid  (HCIO4): 
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Hypochlorous  Chlorous  Chloric  Perchloric 

:():  :5: 

H— O— Cl:       II— O—  CI— 5:       H — 5 — CI — O-       H — O — CI — O- 

:p: 

Ka  =3.0x10  s       Ka  =  1.1  •  10  2  Strongacid  Strong  acid 

Increasing  acid  strength 

Because  the  oxidation  number  of  the  central  atom  increases  as  the  number  of  at- 

tached O  atoms  increases,  this  correlation  can  be  stated  in  an  equivalent  u  ay:  In 

a  series  of  oxyacids,  the  acidity  increases  as  the  oxidation  number  of  the  central 
atom  increases. 

tm  SAMPLE  EXERCISE  16.19  |  Predicting  Relative  Acidities  from  Composition 
and  Structure 

Arrange  the  compounds  in  each  of  the  following  series  in  order  ol  increasing  acid 
strength:  (a)  AsH3,  III,  NaH,  ICC;  (b)  H2Se03,  H2Se04,  I  CO. 

Solution 

Analyze:  We  are  asked  to  arrange  two  sets  of  compounds  in  order  from  weakest  a<  id 
to  strongest  acid. 
Plan:  For  the  binary  acids  in  part  (a),  we  will  consider  the  electronegativities  of  As,  I, 
Na,  and  O,  respectively.  For  the  oxya<  ids  in  part  (b),  we  will  consider  the  number  of 
oxygen  atoms  bonded  to  the  central  atom  and  the  similarities  between  the  Se- 
containing  compounds  and  some  more  familiar  acids. 
Solve:  (a)  The  elements  from  the  left  side  of  the  periodic  table  form  the  most  basic 
binary  hydrogen  compounds  because  the  hydrogen  in  these  compounds  carries  a 
negativ  e  charge.  T  hus  NaH  should  be  the  most  basic  compound  on  the  list.  Because 
arsenic  is  less  electronegative  than  oxygen,  we  might  expect  that  AshC  would  hi'  a 
weak  base  toward  water,  that  is  also  what  we  would  predict  by  an  extension  of  the 
trends  shown  in  figure  16.13.  Further,  we  expect  that  the  binary  hydrogen  com- 

pounds of  the  halogens,  as  the  most  electronegative  element  in  each  period,  will  be 
acidic  relative  to  water.  In  fact,  I II  is  one  of  the  strong  acids  in  water.  Thus  the  order 
of  increasing  acidity  is  NaH      AstC,      I  C( )  III. 

(b)  The  acidity  of  oxyacids  increases  as  the  number  of  oxygen  atoms  bonded  to 
the  central  atom  increases,  thus,  ICSe04  will  be  a  stronger  acid  than  H2Se03:  in  fact, 
the  Se  atom  in  H2SeO,j  is  in  its  maximum  positive  oxidation  state,  and  so  we  expect  it 
to  be  a  comparatively  strong  acid,  much  like  I  CSOj.  H2Se03  is  an  oxyacid  of  a  non- 
metal  that  is  similar  to  H2SO-s.  As  such,  we  expect  that  H2Se03  is  able  to  donate  a 
proton  to  H20,  indicating  that  H2Se03  is  a  stronger  acid  than  H20.  Thus,  the  order  of 
increasing  acidity  is  fCO  ■    H2SeCC  H^SeCXj. 

H  PRACTICE  EXERCISE 

In  each  of  the  following  pairs  choose  the  compound  that  leads  to  the  more  acidic  (or 
less  basic)  solution:  (a)  HBr,  HF;  (b)  PH3,  ICS;  (c)  HN02,  HNO-;  (d)  H2S03, 
H2Se03. 
Answers:  (a)  HBr,  (b)  H2S,  (c)  HNO3,  (d)  H->S03 

Carboxylic  Acids 

Another  large  group  of  acids  is  illustrated  by  acetic  acid  (HCtH^Ot): 

II 

H— C  — 
I  I 

The  portion  of  the  structure  shown  in  blue  is  called  the  carboxyl  group,  which  is 
often  written  as  COOH.  Thus,  the  chemical  formula  of  acetic  acid  is  often 
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written  as  CH3COOH,  where  only  the  hydrogen  atom  in  the  carboxyl  group 
can  be  ionized.  Acids  thai  contain  a  carboxyl  group  are  called  carboxylic  acids, 
and  they  form  the  largest  category  of  organic  acids.  Formic  acid  and  benzoic 
acid,  whose  structures  are  drawn  in  the  margin,  are  further  examples  of  this 
large  and  important  category  of  acids. 

Acetic  acid  (t  II.COOH)  is  a  weak  acid  (K„  -  1.8  X  10  s).  Methanol 
(CH3OH),  on  the  other  hand,  is  not  an  acid  in  water.  Two  factors  contribute  to 

the  acidic  behavior  ot  carboxylic  acids,  f  irst,  the  additional  oxygen  atom  at- 
tached to  the  carboxyl  group  carbon  draws  electron  density  from  the  O  H 

bond,  increasing  its  polarity  and  helping  to  stabilize  the  conjugate  base.  Sec- 
ond, the  conjugate  base  of  a  carboxylic  acid  (a  cm  boxi/late  anion)  can  exhibit  res- 

onance (Section  8.6),  which  contributes  further  to  the  stability  of  the  anion  by 
spreading  the  negative  charge  over  several  atoms: 

II      >:  II  :6: 

H— C— C—O:  +—t  >  H— C— C=Q 

H  H 

The  acid  strength  of  carboxylic  acids  also  increases  as  the  number  of  elec- 
tronegative atoms  in  the  acid  increases.  For  example,  trifluoroacetic  acid 

(CF3COOH)  has  Ka  =  5.0  x  10  the  replacement  of  three  hydrogen  atoms  of 
acetic  acid  with  more  electronegative  fluorine  atoms  leads  to  a  large  increase  in 
acid  strength. 

Q    GIVE  IT  SOME  THOUGHT 

What  group  of  atoms  is  present  in  all  carboxylic  acids? 

16.11  I  Lewis  Acids  and  Bases 

For  a  substance  to  be  a  proton  acceptor  (a  Bronsted-Lowry  base),  it  must  have 
an  unshared  pair  of  electrons  for  binding  the  proton.  NH3,  for  example,  acts  as 
a  proton  acceptor.  Using  Lewis  structures,  we  can  write  the  reaction  between 
H+  and  NH3  as  follows: 

H 

:N  — H 

II 

H 

H  — N  — H 

H 

G.  N.  Lewis  was  the  first  to  notice  this  aspect  of  acid-base  reactions.  He  pro- 
posed a  definition  of  acid  and  base  that  emphasizes  the  shared  electron  pair:  A 

Lewis  acid  is  an  electron-pair  acceptor,  and  a  Lewis  base  is  an  electron-pair 
donor. 

Every  base  that  we  have  discussed  thus  far — whether  it  be  OH  ,  H2O,  an 
amine,  or  an  anion — is  an  electron-pair  donor.  Everything  that  is  a  base  in  the 
Bronsted-Lowrv  sense  (a  proton  acceptor)  is  also  a  base  in  the  Lewis  sense  (an 
electron-pair  donor).  In  the  Lewis  theory,  however,  a  base  can  donate  its  elec- 

tron pair  to  something  other  than  H  .  The  Lewis  definition  therefore  greatly  in- 

creases the  number  of  species  that  can  be  considered  acids;  H+  is  a  Lewis  acid, 
but  not  the  only  one.  For  example,  consider  the  reaction  between  NH3  and  BF3. 
This  reaction  occurs  because  BF3  has  a  vacant  orbital  in  its  valence  shell. 

It  therefore  acts  as  an  electron-pair  acceptor  (a  Lewis  acid) 
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toward  NH-(,  which  donates  the  electron  pair.  The  curved  arrow  shows  the  do- 
nation of  a  pair  of  electrons  from  N  to  B  to  form  a  covalent  bond:  jM 

H      F  II  F 

H  —  N:  +'b—  F  -  — *  H— N— B— F 
H      F  H  F 

Lewis  Lewis 
base  acid 

ANIMATION 
Lewis  Acid-Base  Theory 

CHEMISTRY  AND  LIFE  |  The  Amphiprotic  Behavior  of  Amino  Acids 

A  mino  acids  are  the  building  blocks  of  proteins.  The  general 
l\  structure  of  amino  acids  is  shown  here,  where  different 
amino  acids  have  different  R  groups  attached  to  the  central 
carbon  atom: 

I i    R  :o: 
I     I     II  .. 

1 1  -N— C— C— O— H 
I 

Amine  group  Carboxyl  group 
(b.isu  )  (acidic) 

For  example,  in  glycine,  whic  h  is  the  simplest  amino  acid,  R  is 
a  hydrogen  atom,  whereas  in  alanine,  R  is  a  CH  s  group. 

I  I 

1 1  \ — C  —  COOH 

1 1 

Glycine 

(  I  I 

I — c— COOI I 

II 

Alanine 

Amino  acids  contain  a  earbowl  group  and  can  therefore 
serve  as  acids.  They  also  contain  an  NHi  group,  characteristic 
of  amines  (Section  16.7),  and  thus  they  can  also  act  as  bases. 
Amino  acids,  therefore,  are  amphiprotic.  Tor  glycine,  we 
might  expect  that  the  acid  and  the  base  reactions  with  water 
would  be  as  follows: 

Acid:  H2N  — CH2  — COOH(rt<7)  -t  H20(/)  ;=i 

H2N— CH2— COO  (aq)  +  H30+(aq)  [16.47] 

Base:  H2N — CH2 — COOHfui/)  +  H2Q(/)  =: 

'  H^N  —  CH2 —  COOH  (<?</)  +  OH  (aq)  [16.48] 

The  pH  of  a  solution  of  glycine  in  water  is  about  6.0,  indicat- 
ing that  it  is  a  slightly  stronger  acid  than  a  base. 
The  acid-base  chemistry  of  amino  acids  is  somewhat 

more  complicated  than  shown  in  Equations  lb. 47  and  16.48, 
howev  er.  Because  the  COOI  I  can  act  as  an  acid  and  the  NH2 

group  can  act  as  a  base,  amino  acids  undergo  a  "self- 
contained"  Bronsted-Lowrv  acid-base  reaction  in  which  the 
proton  of  the  carboxyl  group  is  transferred  to  the  basic  nitro- 

gen atom. 

II      II  O 

H— N— C— C— OH 

A 

Neutral  molecule 

1 1  HO 

N— C— C— O 

Zwitterion 

16.49] 

.Although  the  form  ot  the  amino  acid  on  the  right  side  ot  I  qua- 
tion  16.49  is  electrically  neutral  overall,  it  has  a  positively 
1  harged  end  and  a  negativ  eh  1  barged  end.  A  mold,  ule  ol  this 

type  is  called  a  zioitterion  (German  for  "hybrid  ion"). 
Do  ammo  acids  exhibit  an\  properties  indicating  that 

they  behave  as  zwitterions?  Il  so,  they  should  behave  similar 
to  ionic  substances.  Crystalline  amino  acids 
(Figure  16.14  V)  have  relatively  high  melting  points,  usually 
above  200  C  ,  which  is  characteristic  ol  ionic  solids.  Amino 

acids  are  far  more  soluble  in  water  than  in  nonpolar  solvents. 
In  addition,  the  dipole  moments  ot  amino  acids  are  large,  con- 

sistent with  a  Luge  separation  ol  charge  in  the  molecule.  Thus, 
the  ability  ot  amino  acids  to  act  simultaneous!)  as  acids  and 
bases  has  important  effects  on  their  properties. 
Related  Exercise:  16.115 

I        Frte  Form  W*- 

▲  Figure  16.14   Lysine.  One  of  the  amino  acids  found  in  proteins,  lysine 
is  available  as  a  dietary  supplement.  The  L  on  the  label  refers  to  a  specific 
arrangement  of  atoms  that  is  found  in  naturally  occurring  amino  acids. 
Molecules  with  the  f  arrangement  are  mirror  images  of  molecules  with  the  D 
arrangement,  much  like  our  left  hand  is  a  mirror  image  of  our  right  hand. 
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9 
IVE  IT  SOME  THOUGHT 

What  feature  must  any  molecule  or  ion  have  to  act  as  a  Lewis  base? 

I  I 

o: 
1 1 
/ 

H  :Q: 

H— O— C 

:Q: 

O: 

II 

C 

:Q: 

H—  O: 

H— O— C 

:Q: 

Weak 
electrostatic 
interaction 

Weak  shift  of 
electron  density 

Strong 

electron 
interaction interaction 

#9 

strong  shift  of 
electron  density 

▲  Figure  16.15  The  acidity  of  a  hydrated 
cation  depends  on  cation  charge  and  size. 
The  interaction  between  a  water  molecule  and  a 
cation  is  much  stronger  when  the  cation  is  a 
smaller  ion  of  higher  charge.  The  pull  of  electron 
density  toward  the  cation  weakens  the  polar 
0     H  bond  of  the  water  molecule  and  allows 

the  transfer  of  a  H '  ion  to  a  nearby  water 
molecule.  As  a  result,  derated  cations  tend  to  be 
acidic,  with  their  acidities  'ncreasing  with 
increasing  charge  and  decreasing  size. 

Our  emphasis  throughout  this  chapter  has  been  on  water  as  the  solvent  and  on 

the  proton  as  the  source  of  acidic  properties.  In  such  cases  we  find  the  Bronsted- 
Lowry  definition  of  acids  and  bases  to  be  the  most  useful.  In  fact,  when  we  speak  of 
a  substance  as  being  acidic  or  basic,  we  are  usually  thinking  of  aqueous  solutions 

and  using  these  terms  in  the  Arrhenius  or  Bronsted-Lowry  sense.  The  adv  antage  of 
the  Lewis  theory  is  that  it  allows  us  to  treat  a  wider  variety  of  reactions,  including 

those  that  do  not  involve  proton  transfer,  as  acid-base  reactions.  To  avoid  confu- 
sion, a  substance  like  BF-t  is  rarely  called  an  acid  unless  it  is  clear  from  the  context 

that  we  are  using  the  term  in  the  sense  of  the  Lewis  definition.  Instead,  substances 

that  function  as  electron-pair  acceptors  are  referred  to  explicitly  as  "Lewis  acids." 
Lewis  acids  include  molecules  that,  like  BF^,  have  an  incomplete  octet  of  elec- 

trons. In  addition,  many  simple  cations  can  function  as  Lewis  acids.  For  example, 

Fe    interacts  strongly  with  cyanide  ions  to  form  the  ferricyanide  ion,  Fe(CN)h^  . 

i3- 

Fe3+  +  61  :C 
V 

[Fe(C  =  N  =  U 

The  Fe  ion  has  vacant  orbitals  that  accept  the  electron  pairs  donated  by 
the  ions;  we  will  learn  more  in  Chapter  24  about  just  which  orbitals  are  used  bv 

the  Fe  ion.  The  metal  ion  is  highly  charged,  too,  which  contributes  to  the  in- 
teraction with  CI\T  ions. 

Some  compounds  with  multiple  bonds  can  behave  as  Lewis  acids.  For  exam- 
ple, the  reaction  of  carbon  dioxide  with  water  to  form  carbonic  acid  (HiCOj  can 

be  pictured  as  an  attack  bv  a  water  molecule  on  CO^,  in  which  the  water  acts  as 

an  electron-pair  donor  and  the  COi  as  an  electron-pair  acceptor,  as  shown  in  the 

margin.  The  electron  pair  of  one  of  the  carbon-oxygen  double  bonds  is  moved 
onto  the  oxygen,  leaving  a  vacant  orbital  on  the  carbon  that  can  act  as  an  electron- 
pair  acceptor.  We  have  shown  the  shift  of  these  electrons  with  arrows.  After  form- 

ing the  initial  acid-base  product,  a  proton  moves  from  one  oxygen  to  another, 
thereby  forming  carbonic  acid.  A  similar  kind  of  Lewis  acid-base  reaction  takes 
place  when  any  oxide  of  a  nonmetal  dissolves  in  water  to  form  an  acidic  solution. 

Hydrolysis  of  Metal  Ions 

As  we  have  already  seen,  most  metal  ions  behave  as  acids  in  aqueous  solution. 

For  example,  an  aqueous  solution  of  Cr(NC>3)3  is  quite  acidic. 
An  aqueous  solution  of  ZnCL  is  also  acidic,  though  to  a  lesser  extent.  The 
Lewis  concept  helps  explain  the  interactions  between  metal  ions  and  water 
molecules  that  give  rise  to  this  acidic  behavior. 

Because  metal  ions  are  positively  charged,  they  attract  the  unshared  electron 
pairs  of  water  molecules.  It  is  primarily  this  interaction,  referred  to  as  hydration, 
that  causes  salts  to  dissolve  in  water.  The  process  of  hydra  Hon 

can  be  thought  of  as  a  Lewis  acid-base  interaction  in  which  the  metal  ion  acts  as  a 
Lewis  acid  and  the  water  molecules  as  Lewis  bases.  When  a  water  molecule  in- 

teracts with  the  positively  charged  metal  ion,  electron  density  is  drawn  from  the 
oxygen,  as  illustrated  in  Figure  16.15  <.  This  flow  of  electron  density  causes  the 

O  —  H  bond  to  become  more  polarized;  as  a  result,  water  molecules  bound  to  the 
metal  ion  are  more  acidic  than  those  in  the  bulk  solvent. 

The  hydrated  Fe''  ion,  Fe(H20)h'",  which  we  usually  represent  simply  as 
Fe  1  ((/i/),  acts  as  a  source  of  protons: 

Fe(H20)63+(fl<7)  =^  Fe(H20)s(OH)2><7)  +  H+(aq) 
[16.50] 

The  acid-dissociation  constant  for  this  hydrolysis  reaction  has  the  value 

K„  =  2  x  10  \  so  Fe3  t((7</)  is  a  fairly  strong  acid.  Acid-dissociation  constants  for 
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Salt:  NaN03  Ca(N03)2  Zn(N03)2  A1(N03)3 
Indicator:  Bromthymol         Bromthvmol         Methyl  Methyl 

blue  red  orange 

Estimated  pH:  7.0  6.9  5.5 

• 

▲  Figure  16.16  Effect  of  cations  on  the  pH  of  a  solution.  The  pH  values  of  1.0  M  solutions  of  a  series  of  nitrate  salts 
are  estimated  using  acid-base  indicators. 

hydrolysis  reactions  generally  increase  with  increasing  charge  and  decreasing  ra- 

dius of  the  ion  (Figure  lh.  1 5).  Thus,  the  Or '  ion,  which  has  a  smaller  charge  and 
a  larger  radius  than  He1',  forms  less  acidic  solutions  than  Fe  +:  The  k,  for 
Cu  (aq)  is  1  X  10  s.  The  acid  hydrolysis  of  a  number  of  salts  of  metal  ions  is 

demonstrated  in  Figure  16.16  A.  Note  that  the  Na  *  ion,  which  is  large  and  has 
only  a  1+  charge  (and  which  we  have  previously  identified  as  the  cation  of  a 
strong  base),  exhibits  no  acid  hydrolysis  and  yields  a  neutral  solution. 

9 GIVE  IT  SOME 

Which  of  the  following  cations  will  be  most  acidic  and  why:  Ca2  ,  Fe2  ,  Fe3  ? 

■  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

Phosphorous  acid  (H3PO3)  has  the  following  Lewis  structure. 

II 

O— P  — O  — H 

O  —  H 

(a)  Explain  why  H3PO3  is  diprotic  and  not  triprotic.  (b)  A  25.0-mL  sample  of  a  solu- 
tion of  H3PO3  is  titrated  with  0.102  M  NaOH.  It  requires  23.3  mL  of  NaOl  I  to  neu- 

tralize both  acidic  protons.  What  is  the  molarity  of  the  H3PO3  solution7  (c)  This 
solution  has  a  pH  of  1.59.  Calculate  the  percent  ionization  and  Ktll  for  H3PO3,  as- 

suming that  Ka\  »  K„2-  (d)  How  does  the  osmotic  pressure  of  a  0.050  M  solution  of 
HC1  compare  with  that  of  a  0.050  AI  solution  of  FhPO 3?  Explain. 

Solution  The  problem  asks  us  to  explain  why  there  are  only  two  ionizable  protons  in 
the  H3PO3  molecule.  Further,  we  are  asked  to  calculate  the  molarity  of  a  solution  of 
H3PO3,  given  titration-experiment  data.  We  then  need  to  calculate  the  percent 
ionization  of  the  H3PO3  solution  in  part  (b).  Finally,  we  are  asked  to  compare  the  os- 

motic pressure  of  a  0.050  M  solution  of  H3PO3  with  that  of  an  HCI  solution  of  the 
same  concentration. 
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We  will  use  what  we  have  learned  about  molecular  structure  and  its  impact  on 
acidic  behavior  to  answer  part  (a).  We  will  then  use  stoichiometry  and  the  relation- 

ship between  pH  and  |H  '  ]  to  answer  parts  (b)  and  (c).  Finally,  we  will  consider  acid 
strength  in  order  to  compare  the  colligative  properties  of  the  two  solutions  in  part  (d). 

(a)  Acids  have  polar  H  X  bonds.  From  Figure  N.d  we  see  that  the  electronega- 
tivity of  H  is  2.1  and  that  of  P  is  also  2.1 .  because  the  two  elements  have  the  same  elec- 

tronegativity, the  H  —  P  bond  is  nonpolar.  i  Thus,  this  H  cannot  be 
acidic.  The  other  two  H  atoms,  however,  are  bonded  to  O,  which  has  an  electronega- 

tivity of  3.5.  The  H  —  O  bonds  are  therefore  polar,  with  H  having  a  partial  positive 
charge.  These  two  H  atoms  are  consequently  acidic. 

(b)  The  chemical  equation  for  the  neutralization  reaction  is 

H3P03(rt,j)  +  2  NaOH(f7</) Na2HP03('?<?)  +  H20(/) 

From   the  definition  of  molarity,  M  =  mol/L,  we  see  that  moles  =  M  X  L. 
Thus,  the  number  of  moles  of  NaOH  added  to  the  solution  is 

(0.0233  L)(0.102  mol/L)  =  2.377  x  10  3  mol  NaOH.  The  balanced  equation  indicates 
that  2  mol  of  NaOH  is  consumed  for  each  mole  of  H3P03.  Thus,  the  number  of  moles 
of  H3P03  in  the  sample  is 

-  /lmolH3P03\ 

(2.377  X  10"3mol  NaOH)  — \  2  mol  NaOH  / .189  x  10^  mol  FLPO 

The  concentration  of  the  H3P03  solution,  therefore,  equals  ( 1.189  x  10~3  mol )/( 0.0250  L) =  0.0475  M. 

(c)  From  the  pH  of  the  solution,  1.59,  we  can  calculate  [H*]  at  equilibrium. 

[H 

antilog(-1.59)  =  10~ 

0.026  M  (two  significant  figures) 

Because  K,n  »  Kll2,  the  vast  majority  of  the  ions  in  solution  are  from  the  first  ioniza- 
tion step  of  the  acid. 

H3P03((7</)  H '(<?</)  +  H2P03~(fl(/) 

Because  one  H^POC  ion  forms  for  each  H*  ion  formed,  the  equilibrium  concentra- 
tions of  H*  and~H2POC  are  equal:  [H"]  =  [H2POC]  =  0.026  M.  The  equilibrium  con- centration of  H3P03  equals  the  initial  concentration  minus  the  amount  that  ionizes  to 

form  H  and  H2P03~:  [H3P03]  =  0.0475  M  -  0.026  M  =  0.022  M  (two  significant figures).  These  results  can  be  tabulated  as  follows: 

H2P03  (nq)  ̂ - 
—       H+(aq)  H 

H3P03(m?) 

Initial 0.0475  M 0 0 
Change 

-0.026  M 
+0.026  M +0.026  M 

Equilibrium 
0.022  M 0.026  M 0.026  M 

The  percent  ionization  is 

[H   Equilibrium  0.026  M 
Percent  ionization  =  i~—  ~  *  100%  =  — — —  x  100%  =  55% 

[HsPOslinitia] 

The  first  acid-dissociation  constant  is 

[H  ][H2P03~] 

0.0475  M 

Kl1  — 

[H3P03 
(0.026)(0.026) 

0.022 

0.030 

(d)  Osmotic  pressure  is  a  colligative  property  and  depends  on  the  total  concen- 
tration of  particles  in  solution.  Because  HC1  is  a  strong  acid,  a 

0.050  M  solution  will  contain  0.050  M  H  '(,?</)  and  0.050  M  C\~(flcj),  or  a  total  of 
0.100  mol/L  of  particles.  Because  H3P03  is  a  weak  acid,  it  ionizes  to  a  lesser  extent 
than  HC1,  and,  hence,  there  are  fewer  particles  in  the  H3P03  solution.  As  a  result,  the 
H3P03  solution  will  have  the  lower  osmotic  pressure. 
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SUMMARY  AND  KEY  TERMS 

Section  16.1  Acids  and  bases  were  first  recognized  by 

the  properties  of  their  aqueous  solutions.  For  example, 
acids  turn  litmus  red,  whereas  bases  turn  litmus  blue.  Ar- 
rhenius  recognized  that  the  properties  ol  acidic  solutions 
are  due  to  11  (titj)  ions  and  those  ol  basic  solutions  are 
due  to  Ol  I  (</</)  ions. 

Section  16.2  The  Bronsted-Lowry  concept  of  acids  and 
bases  is  more  general  than  the  Arrhenius  concept  and 
emphasizes  the  transfer  of  a  proton  (11)  from  an  acid  to  a 

base.  The  H  '  ion,  which  is  merely  a  proton  with  no  sur- 
rounding valence  electrons,  is  strongly  bound  to  water. 

For  this  reason,  the  hydronium  ion,  HT,0+(aq),  is  often 
used  to  represent  the  predominant  form  of  II  in  water 
instead  of  the  simpler  H  ((/</). 

A  Bronsted-Lowry  acid  is  a  substance  that  donates  a 

proton  to  another  substance;  a  Bronsted-Lowry  base  is  a 
substance  that  accepts  a  proton  from  another  substance. 
Water  is  an  amphiprotic  substance,  one  that  can  function 

as  either  a  Bronsted-Lowry  acid  or  base,  depending  on 
the  substance  with  which  it  reacts. 

The  conjugate  base  of  a  Bronsted-Lowry  acid  is  the 
species  that  remains  when  a  proton  is  remov  ed  from  the 

acid.  The  conjugate  acid  of  a  Bronsted-Lowry  base  is  the 
species  formed  by  adding  a  proton  to  the  base.  Together, 
an  acid  and  its  conjugate  base  (or  a  base  and  its  conjugate 

acid)  are  called  a  conjugate  acid-base  pair. 
The  acid-base  strengths  of  conjugate  acid-base  pairs 

are  related:  The  stronger  an  acid,  the  weaker  its  conjugate- 
base;  the  weaker  an  acid,  the  stronger  its  conjugate  base. 

In  every  acid-base  reaction,  the  position  of  the  equilibri- 
um favors  the  transfer  ot  the  proton  from  the  stronger 

acid  to  the  stronger  base. 

Section  16.3  Water  ionizes  to  a  slight  degree,  forming 

H+(aq)  and  OH  (/?(/).  The  extent  of  this  autoionization  is 
expressed  by  the  ion-product  constant  for  water: 

Kw  =  [H+][OH  J  =  1.0  x  10  l4(25"C) 
This  relationship  describes  both  pure  water  and  aqueous 
solutions.  The  Kw  expression  indicates  that  the  product  of 

[HT]  and  [OH  ]  is  a  constant.  Thus,  as  [H  ]  increases, 

[OH~]  decreases.  Acidic  solutions  are  those  that  contain 
more  H  *((/(/)  than  OH  (tit]);  basic  solutions  contain  more 

OH"(fl^)  than  H+(aq). 

Section  16.4  The  concentration  of  H  '  (nq)  can  be  ex- 
pressed in  terms  of  pH:  pH  =  -log[H  "  ].  At  25°C  the  pi  I 

of  a  neutral  solution  is  7.00,  whereas  the  pH  of  an  acidic- 
solution  is  below  7.00,  and  the  pH  of  a  basic  solution  is 
above  7.00.  The  pX  notation  is  also  used  to  represent  the 
negative  log  of  other  small  quantities,  as  in  pOH  and 
pK;(1.  The  pH  of  a  solution  can  be  measured  using  a  pll 

meter,  or  it  can  be  estimated  using  acid-base  indicators. 

Section  16.5  Strong  acids  are  strong  electrolytes,  ioniz- 
ing completely  in  aqueous  solution.  The  common  strong 

acids  are  HC1,  HBr,  HI,  HNO3,  HCIO^,  HCIO4,  and 

H2SO4.  1  he  conjugate  bases  of  strong  acids  have  negligi- 
ble basicity. 

Common  strong  bases  are  the  ionic  hydroxides  ot  al- 
kali metals  and  the  heavy  alkaline  earth  metals.  I  he 

cations  ol  strong  bases  have  negligible  acidity. 

Section  16.6  Weak  acids  are  weak  electrolytes;  only 

part  of  the  molecules  exist  in  solution  in  ionized  form. 

T  he  extent  ol  ionization  is  expressed  by  the  acid-dissoci- 
ation constant,  KlU  which  is  the  equilibrium  constant  tor 

the  reaction  HA(tit])  •  H  {tit])  •  A  (tit]),  which  can 
also  be  written   HA(aq)    -    H20(/)  H^O  (nq)  + 
A  (at]).  The  larger  the  value  ot  k  (,  the  stronger  the  acid. 
The  concentration  of  a  weak  acid  and  its  k  ,  value  can  be 

used  to  calculate  the  pH  of  a  solution. 

Polyprotic  acids,  such  as  I  HSO-,  have  more  than  one 

ionizable  proton.  These  acids  have  acid-dissociation  con- 
stants   that    decrease    in    magnitude    in    the  order 

>  ̂ ii2  >  ̂ Vv  Because  nearly  all  the  \-\'(nq)  in  a 
polyprotic  acid  solution  comes  from  the  first  dissociation 
step,  the  pH  can  usually  be  estimated  satisfactorily  b\ 
considering  only  kll\ . 

Sections  16.7  and  16.8  Weak  bases  include  NH3, 
amines,  and  the  anions  of  weak  acids.  The  extent  to 

which  a  weak  base  reacts  with  water  to  generate  the  cor- 
responding conjugate  acid  and  OH  is  measured  by  the 

base-dissociation  constant,  k;,.  This  is  the  equilibrium 

constant  for  the  reaction  B(aq)  +  H20(/)  ̂ =  HB" (tit])  + 
OH  (tit]),  where  B  is  the  base. 

The  relationship  between  the  strength  of  an  acid  and 

the  strength  of  its  conjugate  base  is  expressed  quantita- 

tively by  the  equation  Ka  ■'  k/,  =  Kw,  where  Kn  and  K[,  are 
dissociation  constants  tor  conjugate-  acid-base  pairs. 

Section  16.9  The  acid-base-  properties  ot  salts  can  be 
ascribed  to  the  behav  ior  ot  their  respective  cations  and 
anions.  The  reaction  ol  ions  with  water,  with  a  resultant 

change  in  pH,  is  called  hydrolysis.  The  cations  ot  the  al- 
kali metals  and  the  alkaline  earth  metals  and  the  anions 

of  strong  acids  do  not  undergo  hydrolysis.  They  are  al- 

ways spectator  ions  in  acid-base  chemistry. 
Section  16.10  I  he  tendency  of  a  substance  to  show 
acidic  or  basic  characteristics  in  water  can  be  correlated 

with  its  chemical  structure.  Acid  character  requires  the 

presence  of  a  highly  polar  H  —  X  bond.  Acidity  is  also  fa- 
vored when  the  H  —  X  bond  is  weak  and  when  the  \  ion 

is  very  stable. 
For  oxyacids  with  the  same  number  of  Oil  groups 

and  the  same  number  of  O  atoms,  acid  strength  increases 

with  increasing  electronegativity  of  the  central  atom.  For 

oxyacids  with  the  same  central  atom,  acid  strength  in- 
creases as  the  number  of  oxygen  atoms  attached  to  the 

central  atom  increases.  The  structures  of  carboxylic  acids, 
which  are  organic  acids  containing  the  LOOM  group, 
also  helps  us  to  understand  their  acidity. 
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Section  16.11  The  Lewis  concept  of  acids  and  bases  em- 
phasizes the  shared  electron  pair  rather  than  the  proton.  A 

Lewis  acid  is  an  electron-pair  acceptor,  and  a  Lewis  base  is 
an  electron-pair  donor.  The  Lewis  concept  is  more  general 
than  the  Bronsted-Lovvrv  concept  because  it  can  apply  to 

cases  in  which  the  acid  is  some  substance  other  than  H  '. 
The  Lewis  concept  helps  to  explain  why  many  hydrated 

metal  cations  form  acidic  aqueous  solutions.  The  acidity  of 
these  cations  generally  increases  as  their  charge  increases 
and  as  the  size  of  the  metal  ion  decreases. 

VISUALIZI CONCEPTS 

16.1  (a)  Identify  the  Bronsted-Lowry  acid  and  the  Bransted- 
Lowry  base  in  the  following  reaction: 

1 1 

(b)  Identify  the  Lewis  acid  and  the  Lewis  base  in  the 
reaction.  [Sections  16.2  and  16.11] 

16.2  The  following  diagrams  represent  aqueous  solutions  of 
two  monoprotic  acids,  HA  (A  =  XorY).  The  water 
molecules  have  been  omitted  for  clarity,  (a)  Which  is  the 

stronger  acid,  HX  or  HY?  (b)  Which  is  the  stronger  base, 
X  or  Y  ?  (c)  If  you  mix  equal  concentrations  of  HX  and 
NaY,  will  the  equilibrium 

HX(aq)  +  Y  (aq)         HY{aq)  +  X~(aq) 
lie  mostly  to  the  right  (Kc  >  1 )  or  to  the  left  [Kt 
[Section  lb. 2] 

n? 

=  HA 

H30"
 

A 

HY 

- 
- 

9 

16.3  The  following  diagrams  represent  aqueous  solutions  of 
three  acids,  HX,  HY,  and  HZ.  The  water  molecules 
have  been  omitted  for  clarity,  and  the  hydrated  proton 

is  represented  as  a  simple  sphere  rather  than  as  a  hy- 
dronium  ion.  (a)  Which  of  the  acids  is  a  strong  acid? 

Explain,  (b)  Which  acid  would  have  the  smallest  acid- 
dissociation  constant,  K„?  (c)  Which  solution  would 
have  the  highest  pH?  [Sections  16.3  and  16.6] 

HY 

_ 
+  + 

- 

+ 
+ 

+ + 

16.4  (a)  Which  of  these  three  lines  represents  the  effect  of 
concentration  on  the  percent  ionization  of  a  weak  acid? 
(b)  Explain  in  qualitative  terms  why  the  curve  you 
choose  has  the  shape  it  does.  [Section  16.6] 

Acid  concentration 

16.5 
Refer  to  the  diagrams  accompanying  Exercise  16.3. 

(a)  Rank  the  anions,  X-,  Y~,  and  Z~,  in  order  of  increas- 
ing basicity,  (b)  Which  of  the  ions  would  have  the 

largest  base-dissociation  constant,  K&?  [Sections  16.2 and  16.8] 

16.6  (a)  Draw  the  Lewis  structure  for  the  following  molecule 
and  explain  why  it  is  able  to  act  as  a  base,  (b)  To  what 
class  of  organic  compounds  does  this  substance  belong? 
[Section  16.7] 

16.7  The  following  diagram  represents  an  aqueous  solution 
formed  by  dissolving  a  sodium  salt  of  a  weak  acid  in 

water.  The  diagram  shows  only  the  Na+  ions,  the  X 
ions,  and  the  HX  molecules.  What  ion  is  missing  from 
the  diagram?  If  the  drawing  is  completed  by  drawing  all 
the  ions,  how  many  of  the  missing  ions  should  be 
shown?  [Section  16.4] 

9 
o 9 

9 o 

a 

o o 
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16.8  (a)  What  kinds  of  acids  arc  represented  by  the  follow  ing 
molecular  models?  (b)  Indicate  how  the  acidity  of  each 
molecule  is  affected  by  increasing  the  electronegativity 
of  the  atom  X(  and  explain  the  origin  of  the  effect. 
[Section  16. 

H (.1) 
(b) 

16.9  In  this  model  of  acetylsalicylic  acid  (aspirin),  identify 
the  carboxyl  group  in  the  mole<  ule.  [Set  tion  16. 10| 

16.10  (a)  The  following  diagram  represents  the  reaction  of 
PCI4  w  ith  CI  .  Draw  the  I  ewis  structures  for  the  re- 
actants  and  products,  and  identify  the  lewis  acid 
and  the  Lewis  base  m  the  reaction. 

(b)  The  following  reaction  represents  the  acid  it)  of  a 
hydrated  cation.  I  low  does  the  equilibrium  constant 
for  the  reaction  t  hange  as  the  charge  of  the  cation 
increases1  [Section  16.11] 

A  ni  'ill 

EXERCISES 

Arrhenius  and  Bronsted-Lowry  Acids  and  Bases 

16.11  Although  MCI  and  H2SC*4  have  very  different  proper- 
ties as  pure  substances,  their  aqueous  solutions  possess 

many  common  properties.  List  some  general  properties 
of  these  solutions,  and  explain  their  common  behavior 
in  terms  of  the  species  present. 

16.12  Although  pure  NaOl  I  and  (  aO  have  very  different 

properties,  their  aqueous  solutions  possess  many  com- 
mon properties.  List  some  general  properties  of  these 

solutions,  and  explain  their  common  behav  ior  in  terms 
of  the  species  present. 

16.13  (a)  What  is  the  difference  between  the  Arrhenius  and  the 

Bronsted-Lowry  definitions  of  an  acid?  (b)  NI  I  ;(<<) 
and  HCl(g)  react  to  form  the  ionic  solid  NH4Cl(s) 
(Figure  16.3).  Which  substance  is  the  Bronsted-Lowr) 
acid  in  this  reaction7  Which  is  the  Bronsted-Lowry  base1 

16.14  (a)  What  is  the  difference  between  the  Arrhenius  and 

the  Bronsted-Lowry  definitions  of  a  base1  (b)  When 
ammonia  is  dissolved  in  water,  it  behaves  both  as  an 

Arrhenius  base  and  as  a  Bronsted-Lowry  base 
Explain. 

16.15  Give  the  conjugate  base  of  the  following  Bronsted 
Lowry  acids:  (a)HI03,  (b)  NH4  ,  (c)H2P04  , 
(d)  HCyhUCK 

16.16  Give  the  conjugate  acid  of  the  following  Bronsted- 

Lowry  bases:  (a)  CN  ,  (b)O2  ,  (c)HP042  , 
(d)  C2H5NH2. 

16.17  Designate  the  Bronsted-Lowry  acid  and  the  Bronsted- 
Lowry  base  on  the  left  side  of  each  of  the  following 

equations,  and  also  designate  the  conjugate  acid  and 
conjugate  base  on  the  right  side: 
(a)  Ml,  {aq)  1  CN  {aq)  HCN(mj)  f  Nil  ;(</,/) 
<b)(U  I  ;hN(,!,/)  +  H20(/) 

(ChhhNII  {aq)  *  OH  {aq) 

(c)  1 1(  I  lOz{aq)  1  PO43  {aq)  = 
CH02  {aq)  -  HPO42  {aq) 

16.18  Designate  the  Bronsted-Lowry  acid  and  the  Bronsted 
Lowrj  base  on  the  left  side  ol  each  equation,  and  also 
designate  the  conjugate  acid  and  conjugate  bast'  on  the 
right  side. 
(a)  I  IBrC  >(<?</)  •  H20(7)  =^  ll,0  Uiq)  ■  BrO  {aq) 

(b)  I ISO4  {aq)  +  HCO3  {aq)  =^ 
SO42  {aq)  4  H2COi{aq) 

(c)  HSO3  {aq)  t  H30+(nfl)         H2S03{aq)  I  H20(/) 
!(■>.  I1)  (a)  The  hydrogen  oxalate  ion  (HC204  )  is  amphiprotic. 

Write  a  balanced  chemical  equation  showing  how  it  at  ts 
as  an  .Kiel  toward  water  and  another  equation  showing 
how  it  acts  as  a  base  toward  water,  (b)  What  is  the  con- 

jugate acid  of  I  1C204  1  What  is  its  1  onjugate  base? 
16.20  (a)  Write  an  equation  for  the  reac  tion  in  which 

H2C605H7  {aq)  acts  as  a  base  in  H20(/).  (b)  Write  .111 
equation  for  the  reaction  in  whi(  h  H2(  (,<  >  ,1  I  {aq)  ai  ts 
as  an  acid  in  IDO(/).  (c)  What  is  the  1  obligate  ,icid  of 

H2C605H7  ?  What  is  its  conjugate  base1 
16.21  Label  each  of  the  follow  ing  as  being  a  strong  acid,  .1 

weak  acid,  or  a  specie's  with  negligible  acidity.  In  each 
case  write  the  formula  of  its  conjugate  base,  and  indicate 

whether  the  conjugate  base'  is  a  strong  base,  a  weak 
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base,  or  a  species  with  negligible  basicity:  (a)  HN02, 

(b)H2S04,  (c)HP042  ,  (d)C  II,,  (e)CH3NH3H  (an  ion 
related  to  NH.4 '). 

16.22  Label  each  of  the  following  as  being  a  strong  base,  a 
weak  base,  or  a  species  with  negligible  basicity.  In  each 
case  write  the  formula  of  its  conjugate  acid,  and  indicate 
whether  the  conjugate  acid  is n  strong  acid,  a  weak  acid, 
or  a  species  with  negligible  acidity:  (a)C2H^02  , 

(b)  HC03  ,  (c)  O-  .  (d)  CI  ,  (e)  NH3. 
16.23  (a)  Which  of  the  following  is  the  stronger  Bronsted- 

Lowry  acid,  HBrO  or  HBr?  (b)  Which  is  the  stronger 
Bronsted  I  owry  base,  F  or  CI  ?  Briefly  explain  vour 
choices. 

16.24  (a)  Which  of  the  following  is  the  stronger  Bronsted- 
Lowry  acid,  HNO^  or  HN02?  (b)  Which  is  the  stronger 

Brensted-Lowry  base,  NH  ,  or  H20?  Briefly  explain 

your  choices. 
16.25  Predict  the  products  of  the  following  acid-base  reac- 

tions, and  also  predict  whether  the  equilibrium  lies  to 
the  led  or  to  tin-  right  of  the  equation: 
(a)  O2  {ac\)  +  H20(/) 

(b)  HC2H3O2H)  -  I  IS  (aq)  =^ 
(c)  N02  (aq)  +  1 I20(/) 

16.26  Predict  the  products  of  the  following  acid-base  reac- 
tions, and  also  predict  whether  the  equilibrium  lies  to 

the  left  or  to  the  right  of  the  equation: 

(a)  NH4+{aq)  -  Oil  {aq)  z=± 
(b)  C2bhO:  (aq)  +  H  sO+{aq)  = (c)  HCO3  {aq)  4  F  (aq) 

Autoionization  of  Water 

16.27  (a)  What  is  meant  by  the  term  autoionization?  (b)  Explain 
why  pure  water  is  a  poor  conductor  of  electricity, 
(c)  You  are  told  that  an  aqueous  solution  is  acidic.  What 
does  this  statement  mean? 

16.28  (a)  Write  a  chemical  equation  that  illustrates  the  au- 
toionization of  water,  (b)  Write  the  expression  for  the 

ion-product  constant  for  water,  Kw.  Why  is  |H20]  ab- 
sent from  this  expression?  (c)  A  solution  is  described  as 

basic.  What  is  meant  by  this  statement? 

16.29  Calculate  [H  *  ]  for  each  of  the  following  solutions,  and 
indicate  whether  the  solution  is  acidic,  basic,  or  neutral: 

(a)  [OH  ]  =  0.00045  M;  (b)  [OH  ]  =  8.8  X  10  L'  M;  (c)  a 
solution  in  which  [OH  [  is  100  times  greater  than  [H1]. 

16.30  Calculate  OH  for  each  of  the  following  solutions,  and 
indicate  whether  the  solution  is  acidic,  basic,  or  neutral: 

(a)  [H+]  =  0.0075  M;  (b)  [H*]  =  6.5  X  10  111  M;  (c)  a  so- 
lution in  which  [II  |  is  10  times  greater  than  [Of  I  | 

16.31  At  the  freezing  point  of  water  (0°C),  Kw  =  1.2  x  10~1=i. Calculate  [H  ]  and  [OH  )  for  a  neutral  solution  at  this 

temperature. 
16.32  Deuterium  oxide  (D20,  where  D  is  deuterium,  the  hy- 

drogen-2  isotope)  has  an  ion-product  constant,  K;r,  of 
8»  ■  10  |h  at  20  C  Calculate  [D'[  and  [OD  ]  for  pure 
(neutral)  D20  at  this  temperature. 

The  pH  Scale 

16.33  By  what  factor  does  [H  ]  change  for  a  pH  change  of 

(a)  2.00  units,  (b)  0.50  units1 
16.34  Consider  two  solutions,  solution  A  and  solution  B.  [H  ]  in 

solution  A  is  500  times  greater  than  that  in  solution  B.  What 
is  the  difference  in  the  pH  values  of  the  two  solutions? 

16.35  (a)  If  NaOH  is  added  to  water,  how  does  |H  ]  change? 
How  does  pH  change?  (b)  Use  the  pH  benchmarks  in 

Figure  lb. 5  to  estimate  the  pH  of  a  solution  with  [H+]  = 
0.0006  M.  Is  the  solution  acidic  or  basic?  (c)  If  the  pH  of 
the  solution  is  5.2,  first  estimate  and  then  calculate  the 

molar  concentrations  of  H  '(aq)  and  OH  (aq)  in  the 
solution. 

16.36  (a)  If  HNO3  is  added  to  water,  how  does  [OH  ]  change? 
How  does  pi  I  change?  (b)  Use  the  pH  benchmarks  in 
Figure  16.5  to  estimate  the  pH  of  a  solution  with 

[OH  ]  0.014  M,  Is  the  solution  acidic  or  basic1  (c)  If 
I'll  '->.<•>,  Inst  estimate  and  then  calculate  the  molar 
concentrations  of  W  (aq)  and  OH  (aq)  in  the  solution. 

16.37  (.  omplete  the  following  table  by  calculating  the  missing  en- 
tries and  indicating  whether  the  solution  is  acidic  or  basic. 

[H  +  ] 

[OH"] 

PH 

pOH 

Acidic  or 
basic? 

7.5  X  10  !  A/1 

3.6  x  10  111  M 
8.25 

5.70 

16.38  Complete  the  following  table  by  calculating  the  missing 
entries.  In  each  case  indicate  whether  the  solution  is 
acidic  or  basic. 

PH 

pOH 

[H  +  ] 

[OH"] 

Acidic  or 
basic? 

4.75 

1 1 .84 6.5  x  10  3  M 

8.6  x  10~7  M 16.39  The  average  pH  of  normal  arterial  blood  is  7.40.  At  nor- 

mal body  temperature  (37°C),  Kw  =  2.4  x  10~14.  Calcu- late |H  ],  [OH  I,  and  pOH  for  blood  at  this 

temperatu  re. 
16.40  Carbon  dioxide  in  the  atmosphere  dissolves  in  rain- 

drops to  produce  carbonic  acid  (H2CO-,),  causing  the 
pH  of  clean,  unpolluted  rain  to  range  from  about  5.2  to 

5.6.  What  are  the  ranges  of  [H+]  and  [OH  ]  in  the raindrops? 



Exercises  715 

Strong  Acids  and  Bases 

16.41  (a)  Wh.it  is  a  strong  acid?  (b)  A  solution  is  labeled 

0.500  M  I IC1.  Wh.it  is  [H  ']  fur  the  solution?  (c)  Which  of 
the  following  are  strong  acids:  HF,  HC1, 1  IBr,  III' 

16.42  (a)  What  is  a  strong  base?  (b)  A  solution  is  labeled 
0.045  M  Sr(OH)2.  Wh.it  is  [OH  ]  lor  the  solution?  (c)  Is 
the  following  statement  true  or  false?  Because  Mg(OH)2 
is  not  very  soluble,  it  cannot  be  a  strong  base.  Explain. 

1 6.43  Calculate  the  pH  of  each  of  the  following  strong  acid  so- 
lutions: (a)  8.5  /  10  ?M  HBr,  (b)  132  g  of  HN03  in 

575  mLof  solution,  (c)  5.00  mLof  0.250  M  1 1(  IO,  dilut- 
ed to  50.0  mL,  (d)  a  solution  formed  by  mixing  10.0  nil 

of  0.100  M  I  IBr  with  20.0  mLol  0.2(H)  M  I  IC  I. 

16.44  Calculate  the  pi  I  ot  each  of  the  following  strong  acid  so- 
lutions: (a)  0.00835  A/I  HN03,  (b)  0.525  g  of  HCIO,  in 

2.00  I.  of  solution,  (c)  5.00  ml  of  1.00  A!  I  l(  I  diluted  to 

0.500  L,  (d)  a  mixture  formed  In'  adding  50.0  nil  ol 
0.020  M  MCI  to  150  ml  ol  0.010  M  I  II 

16.45  Calculate  [OH  |  and  pH  for  (a)  1.5  •  10  !MSr(OH)2, 
(b)  2.250  g  of  LiOl  I  in  230.0  ml.  ol  solution,  (c)  1.00  ml 

Weak  Acids 

16.51  Write  the  chemical  equation  and  the  k ,  expression  for  the 

ionization  of  each  of  the  following  acids  in  aqueous  solu- 
tion. First  show  the  reaction  with  1 1  (tiq)  as  a  produc  t  and 

then  with  the  hydronium  ion:  (a)  HBr()2,  (b)  I  K  1 1  (  > 
16.52  Write  the  chemical  equation  and  the  k„  expression  for 

the  acid  dissociation  of  each  ol  the  following  acids  in 

aqueous  solution.  First  show  the  reaction  with  1  !'("</) 
as  a  product  and  then  with  the  hydronium  ion: 
(a)  HQH5O,  (b)  HCO3  . 

16.53  Lactic  acid  (HC3H503)  has  one  acidic  hydrogen.  A  0.10  M 
solution  of  lactic  acid  has  a  pH  of  2.44.  Calculate  Ka. 

16.54  1'heny  lacetic  acid  (HCSH7():)  is  one  of  the  substances  that 
accumulates  in  the  blood  of  people  with  phenylketonuria, 
an  inherited  disorder  that  can  cause  mental  retardation  or 

even  death.  A  0.085  A/1  solution  of  HCsH70:  is  found  to 
have  a  pi  I  of  2.68.  Calculate  the  kn  value  for  this  acid. 

16.55  A  0.100  M  solution  of  chloroacetic  acid  (ClCH2COOH) 

is  11.0"..  ionized.  Using  this  information,  calculate 
[CICH.COO  ],  |H  ],  [ClCH2COOH],  and  K„  for 
chloroacetic  acid. 

16.56  A  0.100  M  solution  of  bromoacetic  acid  (BrCH:COOH) 
is  13.2%  ionized.  Calculate  \\\  ],  [BrCH2Co6  ],  and 
IBrCH2COOH]. 

16.57  A  particular  sample  of  vinegar  has  a  pH  of  2.40.  Assum- 
ing that  acetic  acid  is  the  only  acid  that  vinegar  contains 

(K„  =  1.8  x  10  - ),  calculate  the  concentration  of  acetic 
acid  in  the  vinegar. 

16.58  How  many  moles  of  HF  (K„  =  6.8  •  10  1 )  must  be  pre- 
sent in  0.200  L  to  form  a  solution  with  a  pi  1  of  3.25? 

16.59  The  acid-dissociation  constant  tor  benzoic  acid 

(HC7HSO2)  is  6.3  ■  10  \  Calculate  the  equilibrium  con- 
centrations of  H30+,  C7H5O2  ,  and  HC7H502  in  the  so- 

lution if  the  initial  concentration  of  HC7H=;02  is  0.050  AT 

16.60  The  acid-dissociation  constant  for  hypochlorous  acid 
(HCIO)  is  3.0  -  10  s.  Calculate  the  concentrations  of 
H30+,  CIO  ,  and  HCIO  at  equilibrium  if  the  initial  con- centration of  HCIO  is  0.0075  AT 

16.61  Calculate  the  pH  of  each  ot  the  following  solutions  , 
and  k),  values  are  given  in  Appendix  D):  (a)  0.045  M 

of  0.175  M  NaOH  diluted  to  2.00  L,  (d)  a  solution 

formed  by  adding  5.00  ml  ot  0.105  ,\|  KOI  I  to  15.0  ml  ot 
9.5  x  10  :  M  Ca(OH)2. 

16.46  Calculate  [Ol  I  |  and  pi  1  for  each  ot  the  following  strong 
base  solutions:  (a)  0.012  Al  KOH,  (b)  1.565  g  ot  KOH  m 
500.0  ml.  of  solution,  (c)  10.0  mL  of  0.0105  Al  Ca(OH); 
diluted  to  500.0  ml  ,  (d)  a  solution  formed  by  mixing 
10.0  ml  ot  0.015  Al  Ba(OH):  with  40.0  ml  ot 
7.5  x  10  ?M  NaOH. 

16.47  Calculate  the  concentration  ot  an  aqueous  solution  ot 
NaOl  I  that  has  a  pH  ol  11.50. 

16.48  Calculate  the  concentration  ol  an  aqueous  solution  oi 

Ca(OH)2  that  has  a  pi  I  of  12.05. 
1 16.491  Calculate  the  pi  I  ol  a  solution  made  by  adding  15.00  g 

ol  sodium  hydride  (Nail)  to  enough  water  to  make 
2.500  I  ot  solution. 

]16.50|  Calculate  the  pi  I  ol  a  solution  made  b\  adding  2.50  g  ot 
lithium  oxide  (Li20)  lo  enough  water  to  make  1.500  I  ol 
solution. 

propionic  acid  (HC3H502),  (b)  0.100  M  hydrogen  chro- 
mate  ion  (HCrO,  ),  (c)  0.120  Al  pyridine  (C=;H^N). 

16.62  I  )etermine  the  pi  I  of  each  of  the  following  solutions  ( k  , 
and  kj,  values  are  given  in  .Appendix  D):  (a)  0.125  Al 

hypochlorous  acid,  (b)  0.0085  Al  phenol,  (c)  0.095  Al  hy- 
droxylamine. 

16.63  Saccharin,  a  sugar  substitute,  is  a  weak  acid  with  pKa 

2.32  at  25JC.  It  ionizes  in  aqueous  solution  as  follows: 

HNC7H4SO ,(<*</)         H+(aq)  +  NC7H4S03  (aq) 

What  is  the  pH  of  a  0.10  M  solution  of  this  substance? 
16.64  The  active  ingredient  in  aspirin  is  acetylsalicylic  acid 

(HC9H7O4),  a  monoprotic  acid  with  k„  =  3.3  x  10  1  at 
25  C.  What  is  the  pi  I  ol  a  solution  obtained  by  dissolv- 

ing two  extra-strength  aspirin  tablets,  containing 

500  ing  of  acetylsalicylic  acid  each,  in  250  ml  oi  w  ater1 
16.65  Calculate  the  percent  ionization  of  hvdrazoic  acid  (ll\  ;) 

in  solutions  ol  each  ol  the  following  concentrations  ( K 
is  given   in   Appendix   I)):  (a)  0.400  Al,  (b)  0.100  Al, 
(c)  0.0400  Al. 

16.66  Calculate  the  percent  ionization  ol  propionic  acid 

(HC3H502)  in  solutions  of  each  of  the  follow  ing  c  oncen- 
trations  (Ka  is  given  in  Appendix  I)):  (a)  0.250  Al, 
(b)  0.0800  Al,  (c)  0.0200  A/1. 

1 16.67|  Show  that  tor  a  weak  ac  id,  the  percent  ionization  should 
vary  as  the  inverse  square  root  of  the  acid  concentration 

|16.68|  lor  solutions  ol  a  weak  acid,  a  graph  of  pi  I  versus  the 
log  ot  the  initial  acid  concentration  should  be  a  straight 
line.  What  is  the  magnitude  of  the  slope  ot  that  line? 

1 16.69|  Citric  acid,  which  is  present  in  citrus  Iruits,  is  a  triprotic 
acid  (lable  16.3).  Calculate  the  pi  I  and  the  citrate  ion 

(ChH^C)7  1  )  concentration  lor  a  0.050  M  solution  ol  c  itrk 
acid.  Explain  any  approximations  or  assumptions  that 
you  make  in  your  calculations. 

|16.70|  Tartaric  acid  is  found  in  many  fruits,  including  grapes.  Il 
is  partially  responsible  lor  the  dr\  texture  ol  certain 
wines.  Calculate  the  pi  1  and  the  tartarate  ion 

(C4H4C)()~  )  concentration  for  a  0.250  M  solution  ol  tar- 
taric acid,  for  which  the  acid-dissoc  iation  constants  are 

listed  in  Table  lb. 3.  Explain  am  approximations  or  as- 
sumptions that  you  make  in  v  our  c  ale  illation. 
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Weak  Bases 

16.71  What  is  the  essential  structural  feature  of  all 

Bransted-Lowry  bases? 
16.72  What  are  two  kinds  of  molecules  or  ions  that  commonly 

function  as  weak  bases? 

16.73  Write  the  chemical  equation  and  the  kh  expression  tor 
the  ionization  of  each  of  the  following  bases  in  aqueous 
solution:  (a)  dimethylamine,  (CH3)2NH;  (b)  carbonate 

ion,  C03-  ;  (c)  formate  ion,  CH02  . 
16.74  Write  the  chemical  equation  and  the  Kh  expression  for 

the  reaction  of  each  of  the  following  bases  with  w  ater: 

(a)  propylamine,  C3H7NH2;  (b)  monohydrogen  phos- 
phate ion,  HP042  ;  (c)  benzoate  ion,  Q,H?C02  . 

16.75  Calculate  the  molar  concentration  of  OH  ions  in 

a  0.075  M  solution  of  ethylamine  (C2H5NH2) 

{Kb  =  6.4  x  1(T4).  Calculate  the  pH  of  this  solution. 

16.76  Calculate  the  molar  concentration  of  OH  ions  in  a 
1.15  M  solution  of  hypobromite  ion  (BrO  ; 

K,,  =  4.0  X  10  6).  What  is  the  pH  of  this  solution? 
16.77  Ephedrine,  a  central  nervous  system  stimulant,  is  used 

in  nasal  sprays  as  a  decongestant.  This  compound  is  a 
weak  organic  base: 

C10Hi5ON(^)  +  H20(/)  ===  C„,HnONH'(m/)  *  OH  (aq) 

A  0.035  M  solution  of  ephedrine  has  a  pH  of  1 1 .33.  (a)  What 
are  the  equilibrium  concentrations  of  Cl0H  |=;ON, 

C10H15ONH+,  and  Ol  1  1  (b)  Calculate  Kb  for  ephedrine. 
16.78  Codeine  (C|KH21N03)  is  a  weak  organic  base.  A 

5.0  x  10  1  A/1  solution  of  codeine  has  a  pH  of  9.95.  Cal- 
culate the  value  of  Kh  for  this  substance.  What  is  the  pKt, 

for  this  baM  ̂ 

The  Ka-Kb  Relationship;  Acid-Base  Properties  of  Salts 

16.79  Although  the  acid-dissociation  constant  for  phenol 
(ChHsOH)  is  listed  in  Appendix  D,  the  base-dissociation 
constant  for  the  phenolate  ion  (ChH=,0  )  is  not.  (a)  Ex- 

plain why  it  is  not  necessary  to  list  both  K„  for  phenol 
and  K),  for  the  phenolate  ion.  (b)  Calculate  Kh  for  the 
phenolate  ion.  (c)  Is  the  phenolate  ion  a  weaker  or 
stronger  base  than  ammonia? 

16.80  We  can  calculate  kj,  for  the  carbonate  ion  if  we  know  the 

Ka  values  of  carbonic  acid  (H2CO-;).  (a)  Is  K„]  or  kll2  of 
carbonic  acid  used  to  calculate  kt,  for  the  carbonate  ion? 
Explain,  (b)  Calculate  Kh  for  the  carbonate  ion.  (c)  Is  the 
carbonate  ion  a  weaker  or  stronger  base  than  ammonia? 

16.81  (a)  Given  that  Ka  for  acetic  acid  is  1.8  x  10  1  and  that  for 
hypochlorous  acid  is  3.0  <  10  s,  which  is  the  stronger 
acid?  (b)  Which  is  the  stronger  base,  the  acetate  ion  or 

the  hypochlorite  ion1  (c)  Calculate  JQ,  values  for 

QEhCV  and  CIO". 16.82  (a)  Given  that  kt,  for  ammonia  is  1.8  X  10  and  that  for 

hydroxylamine  is  1.1  x  10  ,  which  is  the  stronger 
base?  (b)  Which  is  the  stronger  acid,  the  ammonium  ion 
or  the  hydroxylammonium  ion?  (c)  Calculate  Ka  values 

for  NH4+  and  H3NOH+. 
16.83  Using  data  from  Appendix  D,  calculate  [OH  ]  and  pH 

for  each  of  the  following  solutions:  (a)  0.10  M  NaCN, 
(b)  0.080  M  Na;C03,  (c)  a  mixture  that  is  0.10  M  in 
NaN02  and  0.20  Al  in  Ca(NO:):. 

16.84  Using  data  from  Appendix  D,  calculate  [OH  )  and  pH 
for  each  of  the  following  solutions:  (a)  0.085  A/1  NaF, 
(b)  0.055  M  Na2S,  (c)  a  mixture  that  is  0.045  M  in 
NaC2H^,02  and  0.055  M  in  Ba(C2H302)2. 

16.85  Predict  whether  aqueous  solutions  of  the  following 
compounds  are  acidic,  basic,  or  neutral:    (a)  \H4Br, 

(b)  FeCl3,  (c)  Na2CO-i,  (d)  KCIO4,  (e)  NaHC204. 
16.86  Predict  whether  aqueous  solutions  of  the  following  sub- 

stances are  acidic,  basic,  or  neutral:   (a)CrBr^,  (b)  Lil, 

(c)  K3PO4,  (d)  [CH3NH3]C1,  (e)  KHSO4. 
16.87  An  unknown  salt  is  either  NaF,  NaCl,  or  NaOCl.  When 

0.050  mol  of  the  salt  is  dissolved  in  water  to  form  0.500  L 

of  solution,  the  pH  of  the  solution  is  8.08.  What  is  the 
identity  of  the  salt? 

16.88  An  unknown  salt  is  either  KBr,  NH4C1,  KCN,  or  K2COv 
If  a  0.100  M  solution  of  the  salt  is  neutral,  what  is  the 
identity  of  the  salt? 

16.89  Sorbic  acid  (HC(1H702)  is  a  weak  monoprotic  acid  with 

K„  =  1.7  x  10  .  Its  salt  (potassium  sorbate)  is  added  to 
cheese  to  inhibit  the  formation  of  mold.  What  is  the  pH 
of  a  solution  containing  11.25  g  of  potassium  sorbate  in 
1.75  L  of  solution? 

16.90  Trisodium  phosphate  (Na3P04)  is  available  in  hardware 
stores  as  TSP  and  is  used  as  a  cleaning  agent.  The  label 
on  a  box  of  TSP  warns  that  the  substance  is  very  basic 

(caustic  or  alkaline).  What  is  the  pH  of  a  solution  con- 
taining 45.0  g  of  TSP  in  a  liter  of  solution? 

Acid-Base  Character  and  Chemical  Structure 

16.91  How  does  the  acid  strength  of  an  oxyacid  depend  on 
(a)  the  electronegativity  of  the  central  atom;  (b)  the 
number  of  nonprotonated  oxygen  atoms  in  the 
molecule? 

16.92  (a)  How  does  the  strength  of  an  acid  vary  with  the  po- 
larity and  strength  of  the  H  —  X  bond?  (b)  How  does  the 

acidity  of  the  binary  acid  of  an  element  vary  as  a  func- 
tion of  the  electronegativ  ity  of  the  element?  How  does 

this  relate  to  the  position  of  the  element  in  the  periodic 
table? 

16.93  Explain  the  following  observations:  (a)  HNO3  is  a 
stronger  acid  than  HN02:  (b)  H2S  is  a  stronger  acid 
than  H20;  (c)IUSO,  is  a  stronger  acid  than  HSO4  ; 

(d)  H2S04     is     a     stronger     acid     than  H2Se04: 
(e)  CCI3COOH  is  a  stronger  acid  than  CH3COOH. 

16.94  Explain  the  following  observations:  (a)  HC1  is  a  stronger 
acid  than  H2S;  (b)  H3PO4  is  a  stronger  acid  than 
H3As04:  (c)  HB1O3  is  a  stronger  acid  than  HBrOv. 

(d)  H2C204  is  a  stronger  acid  than  HC204~;  (e)  benzoic acid  (CH^COOH)  is  a  stronger  acid  than  phenol 

(C6H5OH). 
16.95  Based  on  their  compositions  and  structures  and  on  con- 

jugate acid-base  relationships,  select  the  stronger  base  in 

each  of  the  following  pairs:  (a)  BrO  or  CIO-,  (b)  BrO 

or  Br02  ,  (c)  HP042~  or  H2P04 ~. 16.96  Based  on  their  compositions  and  structures  and  on  con- 
jugate acid-base  relationships,  select  the  stronger  base  in 
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each    of    tht'    following    pairs:    (a)  \0,     or    N02  , 

(b)  P04  ;  or  As043  ,  (c)  HCO3  orCG\32 
16.97  Indicate  whether  each  ot  the  following  statements  is 

true  or  false.  For  eac  h  statement  that  is  false,  ( orrect  the 
statement  so  that  it  is  true,  (a)  In  general,  the  acidity  of 
binary  acids  increases  from  left  to  right  in  a  given  row  ot 
the  periodic  table,  (b)  In  a  series  of  acids  th.U  have  the 
same  central  atom,  acid  strength  increases  with  the 
number  of  hydrogen  atoms  bonded  to  the  central  atom. 
(c)  Hydrotelluric  acid  (H2Te)  is  a  stronger  acid  than  I  l2S 
because  le  is  more  electronegative  than  S. 

Lewis  Acids  and  Bases 

16.99  If  a  substance  is  an  Arrhenius  bast-,  is  it  necessarily  a 
Bronsted-Lowrv  base?  Is  it  necessarily  a  I  ewis  base? 
I  >  plain 

16.100  If  a  substance  is  a  Lewis  acid,  is  it  necessarily  a 

Bronsted-Lowry  acid?  Is  it  necessaril)  an  Arrhenius 
acid?  Explain. 

16.101  Identify  the  Lewis  acid  and  Lewis  base  among  the  reac- 
tants  in  each  of  the  following  reactions: 

(a)  Fe(CIQ4h(s)  +  6  H20(/)  =^ 

Fe(H20)63>«7)  +■  3  CIO,  (aq) 
(b)  CN  (aq)  +  H20(/)         HCN(aq)  +  OH  (aq) 

(c)  (CH3)3N(£)  +  B¥3(g)  =  (CH3)3NBF3(s) 

Additional  Exercises 

16.105  In  vonr  own  words,  define  or  explain  (a)  k  ,  ,  (b)  K,, 
(c)  pOH. 

16.106  Indicate  whether  each  of  the  following  statements  is  cor- 
rect or  incorrect.  For  those  that  are  incorrect,  explain 

why  they  are  wrong. 
(a)  Every  Bronsted-Lowrv  acid  is  also  a  Lewis  acid. 
(b)  Every  Lewis  acid  is  also  a  Bronsted-Lowry  acid. 
(c)  Conjugate  acids  of  weak  bases  produce  more  acidic 

solutions  than  conjugate  acids  of  strong  bases. 
(d)  K   ion  is  acidic  in  water  because  it  causes  hvdrating 

water  molecules  to  become  more  acidic. 

(e)  The  percent  ionization  of  a  weak  acid  in  water 
increases  as  the  concentration  of  acid  decreases. 

16.107  Hemoglobin  plays  a  part  in  a  series  of  equilibria 

involving  protonation-deprotonation  and  oxygenation- 
deoxygenation.  The  overall  reaction  is  approximately  as 
follows: 

HbH*  (aq)  +  02(aq)  =^  Hb02(aq)  +  II  '(aq) 

where  Hb  stands  for  hemoglobin,  and  I  Ib02  for  oxyhe- 
moglobin, (a)  The  concentration  of  02  is  higher  in  the 

lungs  and  lower  in  the  tissues.  What  effect  does  high 
[Oo]  have  on  the  position  of  this  equilibrium?  (b)  The 
normal  pH  of  blood  is  7.4.  Is  the  blood  acidic,  basic,  or 
neutral?  (c)  If  the  blood  pH  is  lowered  by  the  presence 
of  large  amounts  of  acidic  metabolism  products,  a  con- 

dition known  as  acidosis  results.  What  effect  does  low- 
ering blood  pH  have  on  the  ability  of  hemoglobin  to 

transport  02? 

[16.108]  What  is  the  pH  of  a  solution  that  is  2.5  ■  10  9  M  in 
NaOH?  Does  your  answer  make  sense? 

16.98  Indicate  whether  each  of  the  following  statements  is 
true  or  false.  For  each  statement  that  is  false,  corret  t  the 

statement  so  that  it  is  true,  (a)  Acid  strength  in  a  series 
of  II  —  X  molecules  increases  with  increasing  si/e  ot  \ 
(b)  For  acids  of  the  same  general  structure  but  differing 

electronegativities  of  the  central  atoms,  acid  strength  de- 
creases with  increasing  electronegativity  ot  the  central 

atom,  (c)  I  he  strongest  acid  know  n  is  I  IF  because  fluo- 
rine is  the  most  electronegative  element. 

(d)MIO(/i/)  t  NH2  (/./)  =:  NH,(/i|)  4  IO  (/</) 
(/(/  denotes  liquid  ammonia  as  sol\  ent) 

16.102  Identify  the  Lewis  acid  and  I  ewis  base  in  each  ot  the  fol- 

lowing reactions: 
(a)  HN02(rt«7)  I-  OH  (aq)         NO:  (aq)  +  H20(/) 
(b)  FeBr3(s)  +  Br  (aq)  FeBr4  (aq) 

(c)  Zr\2+(aq)  +  4  NH3(rt(j)  Zn(NH3)42+(rt(j) 
(d)  S02(#)  +  H20(/)  ̂ =  H2S03(fl<j) 

16.103  Predict  which  member  of  each  pair  produces  the  more 

acidic  aqueous  solution:  (a)  K  or  Cu  ,  (b)  Fe~  or 
Fe  '  ' ,  (c)  Al    or  Ga  +.  Explain. 

16.104  W  hich  member  ot  each  pair  produces  the  more  acidic 
aqueous  solution:  (a)  ZnBr2  or  CdCl2,  (b)  CuCl  or 

Cu(N03)2,  (c)  Ca(N03)2  or  NiBr27  Explain. 

16.109  Which  of  the  following  solutions  has  the  higher  pH? 
(a)  a  0.1  M  solution  of  a  strong  acid  or  a  0. 1  M  solution  of 
a  w  eak  acid,  (b)  a  0.1  Al  solution  of  an  acid  with 

K„  =  2  X  10  1  or  one  with  K„  =  8  ■  10  (c)  a  0.1  Al 
solution  of  a  base  with  pK;,     4.5  or  one  with  pK;,  =  6.5. 

16.110  Caproic  acid  (HQ,Hn02)  is  found  in  small  amounts  in 
coconut  and  palm  oik  and  is  used  in  making  artificial 
flavors.  A  saturated  solution  ol  the  acid  contains  1 1  g/L 
and  has  a  pH  of  2.94.  Calculate  K„  for  the  acid. 

lib. 1  111  A  hypothetical  acid  HA  is  both  a  strong  acid  and  a 
diprotic  acid,  (a)  Calculate  the  pi  I  ol  a  0.050  M  solution 
of  H2X,  assuming  that  only  one  proton  ionizes  per  acid 
molecule,  (b)  Calculate  the  pi  I  of  the  solution  from  part 

(a),  now  assuming  that  both  protons  ol  each  acid  mole- 
cule completely  ionize,  (c)  In  an  experiment  it  is  ob- 

served that  the  pi  I  of  a  0.050  M  solution  of  I I2X  is  1.27. 
Comment  on  the  relative."  acid  strengths  of  H2X  and 
HX  .  (d)  Would  a  solution  of  the  salt  Nal  l\  be  a<  idi<  . 

basic,  or  neutral1  Explain. 
16.112  Arrange  the  following  0.10  Al  solutions  in  order  of  in- 

creasing acidity  (decreasing  pH):  (i)  NH4NQ3, 

(ii)  NaN03,  (iii)  NH4C2H302,  (iv)  NaF,  (v)  NaC2H-,02. 
116.1131  What  are  the  concentrations  of  II  ,  I  LED,  ,  HP042  , 

and  P043  in  a  0.0250  Absolution  of  H3P04? 
[16.114]  Many  moderately  large  organic  molecules  containing 

basic  nitrogen  atoms  are  not  very  soluble  in  water  as 
neutral  molecules,  but  they  are  frequently  much  more 
soluble  as  their  acid  salts.  Assuming  that  pH  in  the 
stomach  is  2.5,  indicate  w  hether  each  of  the  following 
compounds  would  be  present  in  the  stomach  as  the 
neutral  base  or  in  the  protonated  form:  nicotine, 

Kb  =  7  x  10  7;  caffeine,  Kb  =  4  X  10  l4;  strychnine, 
Kb  =  1  X  10  ";  quinine,  Kb  =  1.1  >   10  ". 
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116.115]  The  amino  acid  glycine  (H2N— CH2  — COOH)  can 
participate  in  the  following  equilibria  in  water: 

H2N  —  CH2 —  COOH  +  H20 

H2N  —  CH2 —  COO    +  hhO'     K„  =  4.3  X  10  1 

H2N  — CH2  — COOH  +  H20  := 
hH3N— CH2— COOH  +  OH      Kb  =  6.0  >  10  5 

(a)  Use  the  values  of  K„  and  Kt,  to  estimate  the  equilibri- 
um constant  for  the  intramolecular  proton  transfer  to 

form  a  zwitterion: 

H2N  —  CH2  —  COOH  ;=±  "  H3N —  CH2  —  COO 

What  assumptions  did  you  need  to  make?  (b)  What  is 
the  pH  of  a  0.050  M  aqueous  solution  of  glycine? 
(c)  What  would  be  the  predominant  form  of  glycine  in  a 
solution  with  pH  13?  With  pH  1? 

Integrative  Exercises 

16.117  Calculate  the  number  of  H+(aq)  ions  in  1.0  mL  of  pure 
water  at  25°C. 

16.118  How  many  milliliters  of  concentrated  hydrochloric  acid 

solution  (36.0%  HC1  by  mass,  density  =  1.18  g/mL)  are 
required  to  produce  10.0  L  of  a  solution  that  has  a  pH 

of  2.03 1 
16.119  The  volume  of  an  adult's  stomach  ranges  from  about 

30  mL  w  hen  empty  to  1  L  when  full.  If  its  volume  is 
400  mL  and  its  contents  have  a  pH  of  2,  how  many 

moles  of  H"  does  it  contain?  Assuming  that  all  the  H  + 
comes  from  HC1,  how  many  grams  of  sodium  hydrogen 
carbonate  will  totally  neutralize  the  stomach  acid? 

16.120  Atmospheric  C02  levels  have  risen  by  nearly  20°  "  ox  er 
the  past  40  years  from  315  ppm  to  375  ppm.  (a)  Given 
that  the  average  pH  of  clean,  unpolluted  rain  today  is 
5.4,  determine  the  pH  of  unpolluted  rain  40  years  ago. 
Assume  that  carbonic  acid  (H2COd  formed  by  the  reac- 

tion of  C02  and  water  is  the  only  factor  influencing  pH. 

C02{$)  +  H20(/)  =:  H2C03((7</) 

(b)  What  volume  of  C02  at  25°C  and  1.0  atm  is  dis- 
solved in  a  20.0-L  bucket  of  today's  rainwater? 

[16.121]  In  many  reactions  the  addition  of  AICI3  produces  the 

same  effect  as  the  addition  of  H".  (a)  Draw  a  Lewis 
structure  for  A1CL,  in  which  no  atoms  carry  formal 

charges,  and  determine  its  structure  using  the  VSEPR 
method,  (b)  What  characteristic  is  notable  about  the 

structure  in  part  (a)  that  helps  us  understand  the  acidic 
character  of  AICI3?  (c)  Predict  the  result  of  the  reaction 

between  A1CL,  and  NH3  in  a  solvent  that  does  not  par- 
ticipate as  a  reactant.  (d)  Which  acid-base  theory  is  most 

suitable  for  discussing  the  similarities  between  AICL, 
and  H  ? 

116.122]  What  is  the  boiling  point  of  a  0.10  M  solution  of 
Nal  ISO)  it  the  solution  has  a  density  of  1.002  g/mL? 

116.123]  Cocaine  is  ,i  weak  organic  base  whose  molecular  formu- 
la is  C]7H2lNO,|.  An  aqueous  solution  of  cocaine  was 

found  to  have  a  pH  of  8.53  and  an  osmotic  pressure  of 

52.7  torr  at  15°C  Calculate  Ky  for  cocaine. 
|16.124|  I  he  iodate  ion  is  reduced  by  sulfite  according  to  the  fol- 

lowing reaction: 

103  (aq)  1  3SOr  (aq)  >  I  (aq)  +  3S042  {aq) 

[16.116]  The  structural  formula  for  acetic  acid  is  shown  in 

Table  16.2.  Replacing  hydrogen  atoms  on  the  carbon 
with  chlorine  atoms  cause's  an  increase  in  acidity  as 
follows: 

Acid Formula 

Ka  (25°C) 

Acetic CH3COOH 

1.8  x  10  5 

Chloroacetic 
CH2CICOOH 

1.4  x  10  3 

Dichloroacetic CHCLCOOH 

3.3  x  10  2 

Trichloroacetic 
CCI3COOH 

2  x  10  1 
Using  Lewis  structures  as  the  basis  of  your  discussion, 

explain  the  observed  trend  in  acidities  in  the  series.  Cal- 
culate the  pH  of  a  0.010  M  solution  of  each  acid. 

The  rate  of  this  reaction  is  found  to  be  first  order  in  IO3  , 

first  order  in  S03  ,  and  first  order  in  H ' .  (a)  Write  the 
rate  law  for  the  reaction,  (b)  By  what  factor  will  the  rate 
of  the  reaction  change  if  the  pH  is  lowered  from  5.00  to 
3.50?  Does  the  reaction  proceed  faster  or  slower  at  the 
lower  pH?  (c)  By  using  the  concepts  discussed  in 
Section  14. 6,  explain  how  the  reaction  can  be  pH- 

dependent  even  though  H  '  does  not  appear  in  the  over- all reaction. 

[16.125]  (a)  Using  dissociation  constants  from  Appendix  D,  de- 
termine the  value  for  the  equilibrium  constant  for 

each  of  the  following  reactions.  (Remember  that 
when  reactions  are  added,  the  corresponding  equi- 

librium constants  are  multiplied.) 

(i)  UCOf(aq)  +  OH~(aq)         C032~(aq)  +  H20(Z) 

(ii)  NH4></)  +  C032~(aq) 
NH3(rt(|)  +  HC03~(aq) 

(b)  We  usually  use  single  arrows  for  reactions  when  the 
forward  reaction  is  appreciable  (K  much  greater 
than  1 )  or  when  products  escape  from  the  system,  so 
that  equilibrium  is  never  established.  If  we  follow 
this  convention,  which  of  these  equilibria  might  be 
written  with  a  single  arrow? 

[16.126]  Lactic  acid,  CH3CH(OH)COOH,  received  its  name  be- 
cause it  is  present  in  sour  milk  as  a  product  of  bacterial 

action.  It  is  also  responsible  for  the  soreness  in  muscles 
after  vigorous  exercise,  (a)  The  pK„  of  lactic  acid  is  3.85. 
Compare   this   with   the   value   for   propionic  acid 

(CH3CH2COOH,  pKa  =  4.89),  and  explain  the  differ- 
ence, (b)  Calculate  the  lactate  ion  concentration  in  a 

0.050  M  solution  of  lactic  acid,  (c)  When  a  solution  of 

sodium  lactate,  (CH3CH(OH)COO)Na,  is  mixed  with 

an  aqueous  copper(II)  solution,  it  is  possible  to  obtain  a 
solid  salt  of  copper(II)  lactate  as  a  blue-green  hydrate, 
(CH3CH(OH)COO)2  Cu-.vH20.  Elemental  analysis  of 
the  solid  tells  us  that  the  solid  is  22.9%  Cu  and  26.0%  C  by 

mass.  What  is  the  value  for  x  in  the  formula  for  the  hy- 

drate? (d)  The  acid-dissociation  constant  for  the  Cu~~(aq) 
ion  is  1.0  <  10   .  Based  on  this  value  and  the  acid- 

dissociation  constant  of  lactic  acid,  predict  whether  a  so- 
lution of  copper(II)  lactate  will  be  acidic,  basic,  or  neutral. 

Explain  your  answer. 
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eMEDIA  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  conies  in  your  MediaPak. 

16.127  You  con  measure  the  pi  I  in  the  Acids  and  Bases  activity 

(16.4)  for  aqueous  solutions  ol  I  "!  different  compounds, 
(a)  List  the  compounds  ,i\  ailable  in  the  simulation,  and 
identify  each  as  a  strong  acid,  a  weak  acid,  a  strong  base, 
or  a  weak  base,  (b)  For  each  compound,  measure  and 
record  the  pH  of  a  0.1)3  A4  solution. 

16.128  (a)  Using  data  from  the  Acids  and  Bases  activity  (26.4), 
calculate  the  K,  of  HXO^.  (b)  Determine  the  percent 
ionization  of  HNO,  at  2.0  M,  0.20  M,  0.020  M,  and 
0.0020  M  concentrations,  (c)  Explain  the  trend  in  percent 

ionization  using  Le  Chatelier's  principle. 
16.129  The  Introduction  to  Aqueous  Acids  animation  (26.6) 

illustrates  the  ionization  in  water  of  two  different  strong 
acids  and  one  weak  acid,  (a)  ( .iven  th.it  all  three  ionize 

to  produce  hydrogen  ion  in  water,  w  hat  is  it  about  the 
behavior  of  the  weak  acid  that  makes  it  different  from 

the  strong  acids?  (b)  What  is  the  consequence  of  this  dif- 
ference in  terms  of  pH? 

eLABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  and  skills 
for  this  chapter  in  the  simulated  laboratory  of  Virtual  ChemLab. 
Worksheets  for  each  of  these  exercises  are  found  in  the  Virtual 

ChemLab  Workbook  in  your  MediaPak. 

16.133  (VCL  16-7)  Ionization  Constants  of  Weak  Acids 
An  acid-base  indicator  is  usually  a  weak  acid  with  a 
characteristic  color  in  the  protonated  and  deprotonated 
forms.  In  this  assignment  you  will  monitor  the  color  of 
an  acetic  acid  solution  containing  bromocresol green  as  an 
indicator  as  the  pH  is  changed,  and  estimate  the  ioniza- 

tion constant,  Ktl,  for  the  indicator. 

I d.  1 30  I  he  Introduction  to  Aqueous  Bases  animation  (26.7)  il- 
lustrates the  ionization  of  a  w  eak  base,  (a)  Write  the 

equation  that  corresponds  to  the  ionization  ot  ammonia 
m  water,  (b)  In  the  animation  the  ammonia  molecule 

ionizes,  producing  aqueous  hydroxide.  What  is  it  about 
the  behavior  of  ammonia  in  w  ater  that  makes  ammonia 

a  weak  base1 16.131  The  K"/,  of  ammonia  is  l.S  •  10  \  (a)  Calculate  the  con- 
centration of  aqueous  ammonia  that  would  have  a 

pll  of  8.5.  Use  the  Acids  and  Bases  activity  (26.4)  to 
check  \  our  answer,  (b)  What  is  the  percent  ionization  of 

ammonia  at  this  concentration1 
16.132  Use  the  Equilibrium  Constant  activity  (26.6)  to  experi- 

ment with  the  ionization  of  a  weak  acid.  Choose  the 

HA  ■  H  '  +  A  reaction  and  enter  the  k of  acetic 
acid  (1.8  ■  10  1).  (a)  Enter  a  starting  HA  concentration 
ot  0. 1  A I  and  determine  the  equilibrium  concentration  ot 
II  .  (b)  b\  what  percentage  did  the  concentration  ot  HA 
change?  (c)  Bv  what  percentage  did  the  concentration  of 

H  '  change1  (d)  Cal<  ulate  pi  1  and  pOl  I  of  the  0.1  A I  so- lution of  acetic  acid. 

16.134  (VCL  16-2)  Acid-Base  Classification  of  Salts 
In  this  assignment  you  w  ill  be  asked  to  classify  aqueous 
solutions  ot  salts  as  to  whether  they  are  acidic,  basic,  or 
neutral.  This  is  most  easily  done  by  first  identifying  how 
both  the  cation  and  anion  affect  the  pH  of  the  solution 
and  then  combine  the  effects.  After  predicting  the  acid- 
base  properties  ot  these  salts,  you  will  then  test  your 
predic  tions  in  the  laboratory. 

16.135  (VCL  16-3)  Ranking  Salt  Solutions  by  pll 

In  this  assignment  you  will  be  asked  to  rank  a  set  ot  aque- 
ous solutions  of  acids,  bases,  and  salts  in  order  ol  increas- 
ing pll  ot  tlie  solutions.  Alter  ranking  these  solutions, 

you  w  ill  then  test  \  our  predictions  in  the  laboratory. 
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17.1 The  Common-Ion  Effect 

17.2 Buffered  Solutions 

17.3 Acid-Base  Titrations 

17.4 Solubility  Equilibria 

17.5 Factors  that  Affect  Solubility 

17.6 Precipitation  and  Separation 
of  Ions 

17.7 Qualitative  Analysis 
for  Metallic  Elements 

WHAT'S  AHEAD 

•  We  bjegin  by  considering  a  specific 

example  of  Le  Chatelier's  principle 
known  as  the  common-ion  effect. 
(Section  17.1) 

•  We  then  consider  the  composition  of 
buffered  solutions,  or  buffers,  and  learn 
how  they  resist  pH  change  upon  the 
addition  of  small  amounts  of  strong 

acid  or  strong  base.  (Section  17.2) 

•  We  continue  by  examining  acid-base 
titration  in  detail,  and  we  explore- 
how  to  determine  pH  at  any  point  in 
an  acid-base  titration.  (Section  17.3) 

•  Next,  we  learn  how  to  use 

eq u i  1  i briu m  constants 
known  as  solubility-product 
constants  to  determine  to 
what  extent  a  sparingly 
soluble  salt  will  dissolve 
in  water,  and  we 

investigate  some  of  the 
factors  that  affect 
solubility. 

(Sections  1 7.4 mid  17.5) 

•  Continuing  the 

discussion  of 
solubility  equilibria, 
we  learn  how  to 

precipitate  ions selectively.  (Section  17.6) 

•  The  chapter  concludes  with 
an  explanation  of  how  the 
principles  of  solubility  and 
complexation  equilibria  can  be  used 
to  identify  ions  qualitatively  in 
solution.  (Section  17.7) 



1 Additional  Aspects 

of  Aqueous  Equilibria 

WATER  IS  THE  MOST  COMMON  AND  MOST  IMPORTANT  SOLVENT  ON 

EARTH.  In  a  sense,  it  is  the  solvent  of  life.  It  is  difficult 

to  imagine  how  living  matter  in  all  its  complexity 

could  exist  with  any  liquid  other  than  water  as 

the  solvent.  Water  occupies  its  position  of 
importance  not  only  because  of  its  abundance  but  also  because  of  its 

exceptional  ability  to  dissolve  a  wide  variety  of  substances.  For  ex- 
ample, the  chapter-opening  photograph  show  s  a  hot  spring,  and 

this  water  contains  a  high  concentration  of  ions  (especially 

Mg~*,  Ca  ,  Fe~  ,COf  ,  and  SO4    ).  The  ions  are  dissolved  as 
the  hot  water,  initially  underground,  passes  through  various 
rocks  on  its  way  to  the  surface  and  dissolves  minerals  in  the 
rocks.  When  the  solution  reaches  the  surface  and  cools,  the 

minerals  deposit,  making  the  terracelike  formations  seen 
in  the  photograph. 

The  various  aqueous  solutions  encountered  in 
nature  typically  contain  many  solutes.  Tor  example, 
the  aqueous  solutions  in  hot  springs  and  oceans, 
as  well  as  those  in  biological  fluids,  all  contain  a 

v  ariety  of  solutes.  Consequently,  many  equilib- 
ria can  take  place  simultaneously  in  these 

solutions. 

In  this  chapter  we  take  a  step  toward 

understanding  such  complex  solutions 
by  looking  first  tit  further  applications 

of  acid-base  equilibria.  The  idea  is  to 
consider  not  merely  solutions  in 
which  there  is  a  single  solute  but 

ones   containing   a    mixture  of 
solutes.  We  then  broaden  our 

discussion  to  include  two  ad- 
ditional  types  of  aqueous 

equilibria,  those  involving 

slightly  soluble  salts  and 
those     involving  the 

MAMMOTH  HOT  SPRING  in  Yellowstone  National  Park. 
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formation  of  metal  complexes  in  solution.  For  the  most  part,  the  discussions 
and  calculations  in  this  chapter  are  an  extension  of  those  in  Chapters  15  and  16. 

17.1  I  The  Common-Ion  Effect 

In  Chapter  lh  we  examined  the  equilibrium  concentrations  of  ions  in  solu- 
tions containing  a  weak  acid  or  a  weak  base.  We  now  consider  solutions  that 

contain  not  only  a  weak  acid,  such  as  acetic  acid  (HC2H3O2),  but  also  a  solu- 

ble salt  of  that  acid,  such  as  XaC^hhCV  What  happens  when  NaC2r-h02  is 
added  to  a  solution  of  HC2H3O2?  Because  C^bhCh  is  a  weak  base,  the  pH  of 
the  solution  increases;  that  is,  [FT]  decreases.  (Section  16.9)  It  is  instruc- 

tive, however,  to  view  this  effect  from  the  perspective  of  Le  Chatelier's 

principle. 
Sodium  acetate,  NaCiH^Oi,  is  a  soluble  ionic  compound  and  is  therefore  a 

strong  electrolyte.  (Section  4.1  |  Consequently,  it  dissociates  completely  in 

aqueous  solution  to  form  Na+  and  C2H-5O2-  ions: 

\aC2FhO2H)   *  Na+(aq)  +  C2H302~(aq) 

animation  m  contrast,  HC2H1O2  is  a  weak  electroly  te  that  ionizes  as  follows: 
Common-Ion  Effect 

HC2H302(aq)  H'(aq)  +  C2H,021^)  [17.1] 

The  addition  of  C2H-O2  ,  from  NaC2H^02,  causes  this  equilibrium  to  shift  to 

the  left,  therebv  decreasing  the  equilibrium  concentration  of  H'(aq). 

HC2H3O2H)  FT (<?(/)  -  C2H,CVH) 

Addition  of  C2H,02  shifts 

equilibrium,  reducing  [H*  1 

N 

The  dissociation  of  the  weak  acid  HC2H3O2  decreases  when  we  add  the 

strong  electrolyte  NaC2Fh02,  which  has  an  ion  in  common  with  it.  We  can  gen- 
eralize this  observation,  which  we  call  the  common-ion  effect:  The  extent  of  ion- 

ization of  a  weak  electrolyte  is  decreased  by  adding  to  the  solution  a  strong  electrolyte 
that  has  an  ion  in  common  with  the  weak  electrolyte.  Sample  Exercises  17.1  and  17.2 
illustrate  how  equilibrium  concentrations  may  be  calculated  when  a  solution 
contains  a  mixture  of  a  weak  electrolyte  and  a  strong  electrolyte  that  have  a 
common  ion.  The  procedures  are  similar  to  those  encountered  for  weak  acids 
and  weak  bases  in  Chapter  16. 

M  SAMPLE  EXERCISE  17.1  |  Calculating  the  pH  When  a  Common  Ion  Is  Involved 

What  is  the  pH  of  a  solution  made  by  adding  0.30  mol  of  acetic  acid  (HC2H3O2)  and  0.30  mol  of  sodium  acetate  (NaC2H302)  to 
enough  water  to  make  1.0  L  of  solution? 

Solution 

Analyze:  We  are  asked  to  determine  the  pH  of  a  solution  of  a  weak  electrolyte  (HC2H3O2)  and  a  strong  electrolyte  (NaC2H302) 
that  share  a  common  ion,  C2H3O2  . 

Plan:  In  any  problem  in  which  we  1.  Identify  the  major  species  in  solution,  and  consider  their  acidity  or  basicity. 
must  determine  the  pH  of  a  solution  2.  Identify  the  important  equilibrium  that  is  the  source  of  FT  and  therefore  deter- 
containing  a  mixture  of  solutes,  it  is  mines  pH. 
helpful  to  proceed  by  a  series  of  log-  3.  Tabulate  the  concentrations  of  ions  involved  in  the  equilibrium. 
ical  steps:  4.  Use  the  equilibrium-constant  expression  to  calculate  [FT]  and  then  pH. 
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Solve:  First,  because  HC2H3O2  is  a  weak  electrolyte  and  NaC^H^O^  is  a  strong  eh 

HC^H-iOT  (a  weak  acid),  Na'  (which  is  neither  acidic  nor  basic  and  is  therefore 
CoH^Ot   (which  is  the  conjugate  base  of  HCT1  -,0:)- 

Second,  [H  |  and,  therefore,  the  pH 

ctrolyte,  the  major  species  in  the  solution  are 
a  spectator  in  the  acid-base  chemistry),  and 

are  controlled  by  the  dissociation 
equilibrium  of  I  IC^H^CK: 
(We  have  written  the  equilibrium 

using  H'(rt<|)  rather  than  11  50  (mj), 
but  both  representations  of  the  hy- 
drated   hydrogen   ion  are  equally 
valid.) 
Third,  we  tabulate  the  initial  and 
equilibrium  concentrations  much  as 
we  did  in  solving  other  equilibrium 
problems  in  Chapters  1  ̂  and  16: 

The  equilibrium  concentration  ol 
C2H3O2  (the  common  ion)  is  the 
initial  concentration  that  is  due  to 

NaC2H302  (0.30  M)  plus  the  change 
in  concentration  (a)  that  is  due  to  the 
ionization  of  I  IC\H  3O2 

Now  we  can  use  the  equilibrium- 
constant  expression: 
(The  dissociation  constant  for 
HC2H3O2  at  25  C  is  from  Appendix 
D;  addition  of  NaC2Fh02  does  not 
change  the  value  of  this  constant.) 

Substituting  the  equilibrium-constant 
concentrations  from  our  table  into 

the  equilibrium  expression  gives 

Because  Ka  is  small,  we  assume  that 
x  is  small  compared  to  the  original 
concentrations  of  HOH3O2  and 
C2H302  (0.30  M  each).  Thus,  we 
can  ignore  the  very  small  v  relative 
to  0.30  M,  giving 

The  resulting  value  ot  v  is  indeed 
small  relative  to  0.30,  justifying  the 
approximation  made  in  simplifying 
the  problem. 

Finally,  we  calculate  the  pll  horn 
the  equilibrium  concentration  of 
FF(mj): 

HC^FhCM"'/)  H  '  (thj)  +  C:FhO;  (<?</) 

HC2H302(rt<7)  1 1  (.?</) C2H302  Unj) 

Initial 0.30  A 1 0 0.30  M 

Change 

-x  M 

+  .v  M 
+.v  M 

Equilibrium (0.30  -  x)  M x  M (0.30  +  ,v)  A! 

1.8  ■  10 
|ll  HC2H3O: 
[HC2H302] 

1.8  •  10 

K„  =  1.8  x  10  1  = 

,v(0.30 

0.30  - 

a- (0.30) 

0.30 

+  x] 

1.8  X  10"5M  |M 

pll 

Tog(1.8  •  10~5)  =  4.74 
Comment:  In  Section  16.6  we  calculated  that  a  0.30  M  solution  of  HC2H3O2 

[H  +  ]  =  2.3  x  U)  1  AT  Thus,  the  addition  of  NaC;H302  has  substantially  decreased  |H" principle. 

has  ,i  pi  I  ol  2.64,  corresponding  to 

,  as  we  would  expec  t  from  I  e  Chatelier's 

MM  PRACTICE  EXERCISE 

Calculate  the  pH  of  a  solution  containing  0.085  Al  nitrous  acid  (HNO->:  Kn  =  4.5 
Answer:  3.42 10  4)  and  0.10  Al  potassium  nitrite  (KNO:). 

WM  SAMPLE  EXERCISE  17.2  |  Calculating  Ion  Concentrations  When  a  Common  Ion  is  Involved 

Calculate  the  fluoride  ion  concentration  and  pi  I  of  a  solution  that  is  0.20  Al  in  I II  and  0. 10  Al  in  I  R  I. 

Solution 

Analyze:  We  are  asked  to  determine  the  concentration  of  F  and  the  pi  I  in  a  solution  containing  the  weak  ac  id  III  and  the  strong 
acid  HC1.  In  this  case  the  common  ion  is  H  * . 
Plan:  We  can  again  use  the  four  steps  outlined  in  Sample  Exercise  17.1. 
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Solve:  Because  HF  is  a  weak  acid 

and  HQ  is  a  strong  acid,  the  major 

species  in  solution  are  HF:,  H  ',  and CI  The  CI,  which  is  the  conjugate 
base  of  a  strong  acid,  is  merely  a 

spectator  ion  in  any  acid-base  chem- 
istry. The  problem  asks  for  [F  |, 

which  is  formed  bv  ionization  of  HF. 

Thus,  the  important  equilibrium  is HF(,?(/)  H  (mj)  4  l:  (uq) 

The  common  ion  in  this  problem  is 
the  hydrogen  or  hydronium  ion. 
Now  we  can  tabulate  the  initial  and 

equilibrium  concentrations  of  each 
sprues  involved  in  this  equilibrium: 

The  equilibrium  constant  tor  the 
ionization  of  HF,  from  Appendix  D, 

is  6.8  ■  10  4.  Substituting  the 
equilibrium-constant  concentrations 
into  the  equilibrium  expression 

gives 
If  we  assume  that  x  is  small  relativ  e 
to  0.10  or  0.20  M,  this  expression 
simplifies  to 

This  F  concentration  is  substantial- 
ly smaller  than  it  would  be  in  a 

0.20  M  solution  of  HF  with  no 

added  HC1.  The  common  ion,  H", 
suppresses  the  ionization  of  HF.  The 

concentration  of  H  '  (aq)  is 

Thus, 

HF(<7<7) 

H 

F  Uiq) 

Initial 0.20  M 0.10  M 0 
Change 

-x  M 

+x  M +x  M 

Equilibrium 
(0.20  -  x)  M (0.10  +  x)  M 

xM 

Ka  =  6.8  X  10  4 

(0.10  )(.Y 

[H  |[F  ]      (0.10  +  ,v)(.v) 

0.20 

[HF]  0.20  -  x 

b.S  ■   10  4 

[H+]  =  (0.10  +  x)  M  =  0.10  M 

pH  =  1.00 
Comment:  Notice  that  for  all  practical  purposes,  [H  ]  is  due  entirely  to  the  HC1;  the  HF  makes  a  negligible  contribution  by 
comparison. 

■■  PRACTICE  EXERCISE 

Calculate  the  formate  ion  concentration  and  pH  of  a  solution  that  is  0.030  AI  in  formic  acid  (HCH02:  Ka  =  1.8  X  10~4)  and  0.10  M in  HN03. 

Answer:  [CHO-.  1  =  9.0  x  10  5;pH  =  1.00 

Sample  Exercises  17. 1  and  1 7.2  both  involve  weak  acids.  The  ionization  of  a 
weak  base  is  also  decreased  by  the  addition  of  a  common  ion.  For  example,  the 

addition  of  NH4+  (as  from  the  strong  electrolyte  NH4C1)  causes  the  base- 
dissociation  equilibrium  of  NH3  to  shift  to  the  left,  decreasing  the  equilibrium 
concentration  of  OFP  and  lowering  the  pH: 

NH3(fl<7)  +  H20(/)         NH4^(rt(j)  +  OYT{aq)  [17.2] 

Addition  of  NH4+  shifts 

equilibrium,  reducing  [OH-] 



17.2 
Buffered  Solutions        ,  2r> 

Q    GIVE  IT  SOME  THOUCHT 

A  mixture  of  0.10  mol  of  NH4CI  and  0.12  mol  of  NH3  is  added  to  enough  water  to 
make  1 .0  L  of  solution,  (a)  What  are  the  initial  concentrations  of  the  major  species  in 

the  solution?  (b)  Which  of  the  ions  in  this  solution  is  a  spectator  ion  in  any  acid-base 
chemistry  occurring  in  the  solution?  (c)  What  equilibrium  reaction  determines  [OH  ] 
and  therefore  the  pH  of  the  solution? 

17.2  I  Buffered  Solutions 

Solutions  such  as  those  discussed  in  Section  17.1,  which  contain  a  weak  conju- 

gate acid-base  pair,  can  resist  drastic  changes  in  pi  I  upon  the  addition  of  small 
amounts  of  strong  acid  or  strong  base.  I  hese  solutions  are  called  buffered  so- 

lutions (or  merely  buffers).  Human  blood,  for  example,  is  a  complex  aqueous 

mixture  with  a  pi  I  buffered  at  about  7.4  (see  the  "Chemistrv  and  Lite"  box  near 
the  end  of  this  section).  Much  of  the  chemical  behavior  of  seawater  is  deter- 

mined by  its  pH,  buffered  at  about  8. 1  to  8.3  near  the  surface.  Buffered  solutions 
find  many  important  applications  in  the  laboratory  and  in  medicine 
(Figure  17.1  ►). 

Composition  and  Action  of  Buffered  Solutions 

A  buffer  resists  changes  in  pH  because  it  contains  both  an  acidic  species  to  neu- 

tralize OH  ions  and  a  basic  species  to  neutralize  H  '  ions.  The  acidic  and  basic 
species  that  make  up  the  buffer,  however,  must  not  consume  each  other 
through  a  neutralization  reaction.  I  hese  requirements  are  fulfilled  by  a  weak 

acid-base  conjugate  pair  such  as  HCtH^Ot-CtH^Oi  or  NH^-NHv  Thus, 
buffers  are  often  prepared  bv  mixing  a  weak  acid  or  a  weak  base  with  a  salt  of 

thatacid  or  base.  The  HC2H3O2-C2H3O2  buffer  can  be  prepared,  for  example, 

by  adding  NaC2H302  to  a  solution  of  HC2H302;  the  NH4+-NH3  buffer  can  be 
prepared  bv  adding  NH4CI  to  a  solution  of  NH3.  Bv  choosing  appropriate 

components  and  adjusting  their  relativ  e  concentrations,  we  can  buffer  a  solu- 
tion at  virtually  any  pH. 

9 
GIVE  IT  SO 

Which  of  the  following  conjugate  acid-base  pairs  will  not  function  as  a  buffer: 
HCH02  and  CH02  ;  HC03   and  C032  ;  HN03  and  N03  ?  Explain. 

▲  Figure  17.1    Buffer  solutions. 
Prepackaged  buffer  solutions  and  ingredients  for 
making  up  buffer  solutions  of  predetermined  pH 
can  be  purchased. 

To  understand  better  how  a  buffer  works,  let's  consider  a  buffer  composed 
of  a  weak  acid  (HX)  and  one  of  its  salts  (MX,  where  M  '  could  be  Na  * ,  K  ,  or  an- 

other cation).  The  acid-dissociation  equilibrium  in  this  buffered  solution  in- 
volves both  the  acid  and  its  conjugate  base: 

HX(<7ij) H  ((/</)  +  X  (aq) 

The  corresponding  acid-dissociation-constant  expression  is 

[H+][X"] |HX] 

Solving  this  expression  for  [H  ],  we  have 

[H|  =  K, 
[HX] 

[x-] 

[17.3] 

[17.4] 

[17.51 

We  see  from  this  expression  that  [H],  and  thus  the  pH,  is  determined  by  two 

factors:  the  value  of  Kn  for  the  weak-acid  component  of  the  buffer  and  the  ratio 
of  the  concentrations  of  the  conjugate  acid-base  pair,  [  HX]  [X  |. 
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►  Figure  17.2   Buffer  action.  When  a  small 
portion  of  OH  is  added  to  a  buffer  consisting  of 
a  mixture  of  the  weak  acid  HF  and  :ts  conjugate 
base  (left),  the  OH  reacts  with  the  HF, 
decreasing  [HF]  and  increasing  (F  ]  in  the  buffer. 
Conversely,  when  a  small  portion  of  H  is  added 

to  the  buffer  (right),  the  H '  reacts  with  the  F  , 
decreasing  [F  ]  and  increasing  [HF]  in  the  buffer. 
Because  pH  depends  on  the  ratio  of  F  to  HF, 
the  resulting  pH  change  is  small. 

Buffer  after 
addition  of  Ol  I 

Buffer  with  equal 

concentrations  of 
weak  acid  and  its 

conjugate  base 

Buffer  after 
addition  of  H 

If  OH  ions  are  added  to  the  buffered  solution,  they  react  with  the  acid 

component  of  the  buffer  to  produce  water  and  the  base  component  (X-): 

OH~{aq)  +  HX(aq)   >  H20(/)  +  X~(aq)  [17.6] 

This  reaction  causes  [HX]  to  decrease  and  [X~]  to  increase.  As  long  as  the 
amounts  of  HX  and  X~  in  the  buffer  are  large  compared  to  the  amount  of  OH" 
added,  however,  the  ratio  [HX]/[X~]  doesn't  change  much,  and  thus  the  change 

in  pH  is  small.  A  specific  example  of  such  a  buffer,  the  HF/F"  buffer,  is  shown 
in  Figure  17.2  ▲. 

If  H+  ions  are  added,  they  react  with  the  base  component  of  the  buffer: 

H+(aq)  +  X~(aq)   >  HX(aq)  [17.7] 

This  reaction  can  also  be  represented  using  H30+: 

H30+(aq)  +  X~{aq)   ►  HX(aq)  -  H20(/) 

Using  either  equation,  the  reaction  causes  [X~]  to  decrease  and  [HX]  to  increase. 
As  long  as  the  change  in  the  ratio  [HX]/[X~]  is  small,  the  change  in  pH  will  be 
small. 

Figure  1 7.2  shows  a  buffer  consisting  of  equal  concentrations  of  hydrofluoric 

acid  and  fluoride  ion  (center).  The  addition  of  OH  (left)  reduces  [HF]  and  in- 

creases [F~].  The  addition  of  H+  (right)  reduces  [F~]  and  increases  [HF]. 

Q    GIVE  IT  SOME  THOUGHT 

(a)  What  happens  when  NaOH  is  added  to  a  buffer  composed  of  HC2H302  and 
C2H302  ?  (b)  What  happens  when  HCI  is  added  to  this  buffer? 

Calculating  the  pH  of  a  Buffer 

Because  conjugate  acid-base  pairs  share  a  common  ion,  we  can  use  the  same 

procedures  to  calculate  the  pH  of  a  buffer  that  we  used  to  treat  the  common-ion 
effect  (see  Sample  Exercise  17. 1 ).  However,  an  alternate  approach  is  sometimes 
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taken  that  is  based  on  an  equation  derived  from  Equation 
ative  log  of  both  sides  of  Equation  17.5,  we  have 

log[ET log|  Kfl  — —  I  =  logK„ 

log 

.5.  Taking  the  neg- 

|11\| 

[X 

Because    loglET]  =  pH  and  -log  Ka  =  pK,,  we  have 

[HX]  [X  ] 

PH  =  pKfl-log-  j    =  pK1I  +  log— 
In  general, 

pH  -  pKn  +  log 

[base] 

[acid] 

[17.8] 

[17.9] 

where  [acid]  and  [base]  refer  to  the  equilibrium  concentrations  of  the  conjugate 

acid-base  pair.  Note  that  when  [base]  =  [acid],  pH  =  pK„. 
Equation  \7.L)  is  known  as  the  Henderson-Hasselbalch  equation,  biolo- 

gists, biochemists,  and  others  who  work  frequently  with  buffers  often  use  this 
equation  to  calculate  the  pH  of  butters.  In  doing  equilibrium  calculations,  we 
hav  e  seen  that  we  can  normally  neglect  the  amounts  of  the  acid  and  base  of  the 

buffer  that  ionize.  Therefore,  we  can  usually  use  the  starting  concentrations  of 
the  acid  and  base  components  of  the  buffer  directly  in  Equation  17.9. 

ACTIVITIES 

Calculating  pH  Using  Henderson-Hasselbalch Equation,  Buffer  pH 

■I  SAMPLE  EXERCISE  17.3  |  Calculating  the  pH  of  a  Buffer 

What  is  the  pH  of  a  buffer  that  is  0.12  M  in  lactic  acid  (HC3H5O3)  and  0.10  M  m  sodium  lactate1  For  lactic  acid,  K ,  =  1.4  x  10  4. 
Solution 

Analyze:  We  are  asked  to  calculate  the  pH  of  a  buffer  containing  lactic  acid  (HCdd^Od  and  its  conjugate  base,  the  lactate1  ion 
(C3H503  ). 
Plan:  We  will  first  determine  the  pi  I  using  the  method  described  in  Section  17.1.  The  major  species  in  solution  are 

HC-iHsCh,  Na  ' ,  and  C^hhO-s  .  The  Na  ion  is  a  spectator  ion.  The  HC^H  ̂ 0,-C-;H-,Ch  conjugate  acid-base  pair  determines  [II  ] 
and  thus  pH;  [H  *  ]  can  be  determined  using  the  acid-dissociation  equilibrium  of  lactic  acid. 
Solve:  The  initial  and  equilibrium 
concentrations  of  the  species  in- 

volved in  this  equilibrium  are 

The  equilibrium  concentrations 
are  governed  bv  the  equilibrium 
expression: 

Because  K„  is  small  and  a  common 
ion  is  present,  we  expect  v  to  be 
small  relative  to  either  0.12  or 
0.10  M.  Thus,  our  equation  can  be 
simplified  to  give 

HC^HsOifm/) 

H  ((?(;) 

1.4  x  10 
v(0.10) 

0.12 

Solving  for  v  gives  a  value  that  justi- 
fies our  approximation: 

Alternatively,  we  could  have  used 
the  Henderson-Hasselbalch  equa- 

tion to  calculate  pH  directly: 

[II 

0.12  , 

Oo  l(1-4  ' 
 10 pH  =  -log(1.7  •  10  ')  =  .1.77 

[base] 
I  Oil 

10  "  M 

0.10 
0.12 

3.85 
-0.08)  =  3.77 

C3H5O3  (aq) 

Initial 0.12  M 0 0.10  M 
Change 

-x  M 

+.v  M +.v  M 

Equilibrium (0.12  -  x)  M xM (0.10  +  a  )  M 

a  =  1.4  X  10  4 
[H+][C3H503]  AlO.10 

+  x) 

[HC3H,03]  (0.12 

■  » 1 

Hi  PRACTICE  EXERCISE 

Calculate  the  pi  I  of  a  buffer  composed  of  0.12  M  benzoic  acid  and  0.20  M  sodium  benzoate.  (Refer  to  Appendix  I  ). 
Answer:  4.42 
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Ml  SAMPLE  EXERCISE  17.4  |  Preparing  a  Buffer 

How  many  moles  of  NH4CI  must  be  added  to  2.0  L  of  0.10  M  NH3  to  form  a  buffer  whose  pH  is  4.00?  (Assume  that  the  addition 
of  NH4CI  does  not  change  the  volume  of  the  solution.) 

Solution 

Analyze:  Here  we  are  asked  to  determine  the  amount  of  NH  (   ion  required  to  prepare  a  buffer  of  a  specific  pH. 

Plan:  The  major  species  in  the  solu- 
tion will  be  NH4\CI  ,  and  NH3. 

Of  these,  the  CI  ion  is  a  spectator  (it 
is  the  conjugate  base  of  a  strong 

acid).  Thus,  the  NH4'-NH-(  conju- 
gate acid-base  pair  will  determine 

the  pH  of  the  buffer  solution.  The 
equilibrium    relationship  between 

NH4*  and  NH3  is  given  bv  the  base-  Knj  .    .  ,  ,,   .  NIIJ  +.    .       „      1NH4,][QH  ]  . 1    it    Mi_i  NH3(<7</)  +  H-.Q  /)  *        NH,  (nq)       Ki,  =       ,„T. .  ,  =  1.8  x  1 
dissociation  constant  for NH3:  '  "  [NHd 

The  kev  to  this  exercise  is  to  use  this  K;,  expression  to  calculate  [NH4+]. 
Solve:  We  obtain  |OH  ]  from  the 

given  pH:  pOH  =  14.00  -  pH  =  14.00  -  9.00  =  5.00 

and  so  [OH  |  =  1.0  X  KT5M 

Because  Kj,  is  small  and  the  common 
ion  NH4  is  present,  the  equilibrium 
concentration  of  NH3  will  essential- 

ly equal  its  initial  concentration:  [NHij  =  0.10  M 

We  now  use  the  expression  for  Kh  to  [NHd  (0.10  M ) 

calculate  [NH/J:  (NH4  ]  =  K„—  -  (1.8  x  ̂ )____  .  0.18  M 

Thus,  in  order  for  the  solution  to 

have  pH  =  9.00,  [NH4 '  ]  must  equal 0.18  M.  The  number  of  moles  of 

NH4C1  needed  to  produce  this  con- 
centration is  given  by  the  product  of 

the  volume  of  the  solution  and  its 

molarity:  (2.0  L)(0.18  mol  NH4C1/L)  =  0.36  mol  NH4CI 

Comment:  Because  NH4^  and  NH3  are  a  conjugate  acid-base  pair,  we  could  use  the  Henderson-Hasselbalch  equation  (Equation 
17.9)  to  solve  this  problem.  To  do  so  requires  first  using  Equation  lb. 41  to  calculate  pK„  for  NH4"  from  the  value  of  pK/,  for  NH3. 
We  suggest  you  try  this  approach  to  convince  yourself  that  you  can  use  the  Henderson-Hasselbalch  equation  for  buffers  for 
which  you  are  given  K/,  for  the  conjugate  base  rather  than  Ka  for  the  conjugate  acid. 

MM  PRACTICE  EXERCISE 

Calculate  the  concentration  of  sodium  benzoate  that  must  be  present  in  a  0.20  M  solution  of  benzoic  acid  (HC7H^O-i)  to  produce 
a  pH  of  4.00. 
Answer:  0.13  M 

Buffer  Capacity  and  pH  Range 

Two  important  characteristics  of  a  buffer  are  its  capacity  and  its  effective  pH 
range.  Buffer  capacity  is  the  amount  of  acid  or  base  the  buffer  can  neutralize 
before  the  pH  begins  to  change  to  an  appreciable  degree.  The  buffer  capacity 
depends  on  the  amount  of  acid  and  base  from  which  the  buffer  is  made.  The  pH 
of  the  buffer  depends  on  the  Ka  for  the  acid  and  on  the  relative  concentrations  of 

the  acid  and  base  that  comprise  the  buffer.  According  to  Equation  17.5,  for  ex- 

ample, [H  ']  for  a  L-L  solution  that  is  1  Al  in  HC2H302  and  1  M  in  NaC2H302 
will  be  the  same  as  for  a  1-L  solution  that  is  0.1  M  in  HC2H302  and  0.1  M  in 

NaC2H302.  The  first  solution  has  a  greater  buffering  capacity,  however,  be- 

cause it  contains  more  HC2H302  and  C2H302~.  The  greater  the  amounts  of  the 
conjugate  acid-base  pair,  the  more  resistant  the  ratio  of  their  concentrations, 
and  hence  the  pH,  is  to  change. 
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The  pH  range  of  any  buffer  is  the  pi  1  range  over  which  the  buffer  acts  ef- 
fectively. Buffers  most  effectively  resist  a  change  in  pH  in  either  direction  w  hen 

the  concentrations  of  weak  acid  and  conjugate  base  are  about  the  same.  From 
Equation  17.9  we  see  that  when  the  concentrations  of  weak  acid  and  conjugate 

base  are  equal,  pH  =  pKa.  This  relationship  gives  the  optimal  pH  of  any  buffer. 
Thus,  we  usually  try  to  select  a  butter  whose  acid  form  has  a  pKn  close  to  the 
desired  pi  I.  In  practice,  we  find  that  if  the  concentration  of  one  component  of 
the  buffer  is  more  than  10  times  the  concentration  of  the  other  component,  the 

buffering  action  is  poor.  Because  log  10  =  1,  buffers  usually  have  a  usable 
range  within  i  1  pH  unit  of  pKlt. 

Q    GIVE  IT  SOME  THOUGHT 

What  is  the  optimal  pH  buffered  by  a  solution  containing  HC2H302  and  NaC2H302? 

(Ka  for  HC2H302  is  1.8     10  5.) 

Addition  of  Strong  Acids  or  Bases  to  Buffers 

Let's  now  consider  in  a  more  quantitative  way  the  response  of  a  buffered  solu- 
tion to  the  addition  of  a  strong  acid  or  base.  In  solving  these  problems,  it  is  im- 

portant to  understand  that  reactions  between  strong  acids  and  weak  bases 
proceed  essentially  to  completion,  as  do  those  between  strong  bases  and  weak 
acids.  Thus,  as  long  as  we  do  not  exceed  the  buffering  capacity  of  the  buffer,  we 

can  assume  that  the  strong  acid  or  strong  base  is  completely  consumed  by  reac- 
tion with  the  buffer. 

Consider  a  buffer  that  contains  a  weak  acid  I IX  and  its  conjugate  base  X  . 
When  a  strong  acid  is  added  to  this  buffer,  the  added  1 1  is  consumed  by  X  to 

produce  HX;  thus,  [HX|  increases  and  [X  ]  decreases.  When  a  strong  base  is  added 
to  the  buffer,  the  added  OH  is  consumed  by  HX  to  produce  X  ;  in  this  case  [HX| 
decreases  and  [X  ]  increases.  These  situations  were  summarized  in  Figure  17.2. 

To  calculate  how  the  pH  of  the  buffer  responds  to  the  addition  of  a  strong 
acid  or  a  strong  base,  we  follow  the  strategy  outlined  in  Figure  17.3  T: 

1.  Consider  the  acid-base  neutralization  reaction,  and  determine  its  effect  on 

[HX]  and  [X  ].  This  stage  of  tlx-  procedure  is  a  stoichiometry  calculation. 
2.  Use  Ka  and  the  new  concentrations  of  [HX]  and  [X  |  from  step  1  tocalculate 

[H  +  [.  This  second  stage  of  the  procedure  is  a  standard  equilibrium  calculation 
and  is  most  easily  done  using  the  Henderson-Hasselbalch  equation. 

The  complete  procedure  is  illustrated  in  Sample  Exercise  17.5. 

ACTIVITY 
Buffer  pH  Calculation 

Add  strong  acid 

Buffer  containing 

HX  and  X- 

Add  strong  bast' 

Neutrali/ation 

X"  +  HXT  *  HX  +  H,0  - 

Neutralization 

HX  +   >  X-  +  H,0 

Recalculate 
Use  Ka,  [HX],  and 

[HX]  and  [X  ] ~  [X"]  tocalculate  [H  +  ] 

pH 

Stoichiometric  calculation Equilibrium  calculation 

▲  Figure  17.3   Calculation  of  the  pH  of  a  buffer  after  the  addition  of  acid  or  base.  First  consider  how  the  neutralization  reaction  between 
the  added  strong  acid  or  strong  base  and  the  buffer  affects  the  composition  of  the  buffer  (stoichiometry  calculation).  Then  calculate  the  pH  of  the 
remaining  buffer  (equilibrium  calculation).  As  long  as  the  amount  of  added  acid  or  base  does  not  exceed  the  buffer  capacity,  the  Henderson- 
Hasselbalch  equation,  Equation  17.9,  can  be  used  for  the  equilibrium  calculation 
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# 

Buffer 

0.300  M 
HC,H302 

0.300  M 
NaC,H302 

0.280  M HC,H302 

0.320  M NaC2H302 

pH  =  4.80 

PH 

4.74 

O 

0.320  M HC,H302 

0.280  M NaC,H302 

p]  I  -  4.68 

■H  SAMPLE  EXERCISE  17.5  |  Calculating  pH  Changes  in  Buffers 

A  buffer  is  made  by  adding  0.300  mol  HC2H302  and  0.300  mol  NaC2H302  to  enough 
water  to  make  1.00  L  of  solution.  The  pH  of  the  buffer  is  4.74  (Sample  Exercise  17.1). 
(a)  Calculate  the  pH  of  this  solution  after  0.020  mol  of  NaOH  is  added,  (b)  For  com- 

parison, calculate  the  pH  that  would  result  if  0.020  mol  of  NaOH  was  added  to  1.00  L 
of  pure  water  (neglect  any  volume  changes). 

Solution 

Analyze:  We  are  asked  to  determine  the  pH  of  a  buffer  after  addition  of  a  small 
amount  of  strong  base,  and  to  compare  the  pH  change  to  the  pH  that  would  result  if 
we  were  to  add  the  same  amount  of  strong  base  to  pure  water. 
Plan:  (a)  Solving  this  problem  involves  the  two  steps  outlined  in  Figure  17.3.  Thus, 
we  must  first  do  a  stoichiometry  calculation  to  determine  how  the  added  OH  reacts 
with  the  buffer  and  affects  its  composition.  Then  we  can  use  the  resultant  composi- 

tion of  the  buffer  and  either  the  Henderson-Hasselbalch  equation  or  the  equilibrium- 
constant  expression  for  the  buffer  to  determine  the  pH. 
Solve:  Stoichiometry  Calculation:  We  assume  that  the  OH  provided  by  NaOH  is  com- 

pletely consumed  by  HC2H302,  the  weak  acid  component  of  the  buffer.  We  can  set 
up  a  table  to  see  how  this  reaction  changes  the  composition  of  the  buffer  changes.  A 
more  compact  convention  for  this  type  of  calculation,  however,  is  to  write  the  num- 

ber of  moles  of  each  species  prior  to  reaction  above  the  equation  and  the  number  of 
moles  of  each  species  after  reaction  below  the  equation.  Prior  to  the  reaction  in  which 
the  added  hydroxide  is  consumed  by  acetic  acid,  there  are  0.300  mol  each  of  acetic  acid 
and  acetate  ion,  and  0.020  mol  of  hydroxide  ion. 

Before  rxn:      0.300  mol       0.020  mol  0.300  mol 

HC2H302(rti/)  +  OH"  (my)   »  H20(/)  +  C2H302"(«<?) 
Because  the  amount  of  OH  added  is  smaller  than  the  amount  of  HC2H302,  all  the 

added  OH"  will  be  consumed.  An  equal  amount  of  HC2H302  will  be  consumed,  and 
the  same  amount  of  C2H302  wi"  be  produced.  We  write  these  new,  post-reaction 
amounts  below  the  equation. 

Before  rxn:      0.300  mol       0.020  mol  0.300  mol 

HC2H302(a<7)  +  OH~(aq)   *  H20(/)  +  C2H302"H) After  rxn:       0.280  mol  0  mol  0.320  mol 

Equilibrium  Calculation:  We  now  turn  our  attention  to  the  equilibrium  that  will 
determine  the  pH  of  the  buffer,  namely  the  ionization  of  acetic  acid. HC2H302H) 

H+(aq)  +  C2H302~(flq) 

Using  the  quantities  of  HC2H302  and  C2H302  remaining  in  the  buffer,  we  can  de- 
termine the  pH  using  the  Henderson-Hasselbalch  equation. 

0.320  mol/l.OOL 
PH  =  4.74  +  log  — —  —r—r  =  4.80 
h  6  0.280  mol/l.OOL 

Comment:  Notice  that  we  could  have  used  mole  amounts  in  place  of  concentrations 
in  the  Henderson-Hasselbalch  equation  and  gotten  the  same  result.  The  volumes  of 
the  acid  and  base  are  equal  and  cancel. 

If  0.020  mol  of  H+  was  added  to  the  buffer,  we  would  proceed  in  a  similar  way  to 
calculate  the  resulting  pH  of  the  buffer.  In  this  case  the  pH  decreases  by  0.06  units, 
giving  pH  =  4.68,  as  shown  in  the  figure  in  the  margin. 

(b)  To  determine  the  pH  of  a  solution  made  by  adding  0.020  mol  of  NaOH  to 
1.00  L  of  pure  water,  we  can  first  determine  pOH  using  Equation  16.18  and  subtract- 

ing from  14. 
PH  =  14  -  (-log  0.020)  =  12.30 

Note  that  although  the  small  amount  of  NaOH  is  enough  to  change  the  pH  of  water 
significantly,  the  pH  of  the  buffer  changes  very  little. 

H  PRACTICE  EXERCISE 

Determine  (a)  the  pH  of  the  original  buffer  described  in  Sample  Exercise  17.5  after  the 
addition  of  0.020  mol  HC1,  and  (b)  the  pH  of  the  solution  that  would  result  from 
the  addition  of  0.020  mol  HC1  to  1.00  L  of  pure  water. 
Answers:  (a)  4.68,  (b)  1.70 
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|      CHEMISTRY  AND  LIFE  |  Blood  as  a  Buffered  Solution 

Many  of  the  chemical  reactions  that  occur  in  living  sys- 
tems are  extremely  sensitive  to  pH.  Many  of  the  en- 

zymes that  catalyze  important  biochemical  reactions,  for 
example,  are  effectiv  e  only  within  a  narrow  pH  range.  For  this 
reason  the  human  body  maintains  a  remarkably  intricate  sys- 

tem of  buffers,  both  within  tissue  cells  and  in  the  fluids  that 

transport  cells.  Blood,  the  fluid  that  transports  oxygen  to  all 
parts  of  the  body  (Figure  1 7.4  T),  is  one  of  the  most  prominent 
examples  of  the  importance  of  buffers  in  living  beings. 

Human  blood  is  slightly  basic  with  a  normal  pi  I  of  7.35  to 

7.45.  Any  deviation  from  this  normal  pH  range  can  have  ex- 
tremely disruptive  effects  on  the  stability  of  cell  membranes, 

the  structures  of  proteins,  and  the  activities  of  enzymes.  I  )eath 
may  result  it  the  blood  pi  I  falls  below  6.8  or  rises  above  7.8. 
When  the  pi  I  tails  below  7.35,  the  condition  is  called  acidosis; 
when  it  rises  above  7.45,  the  condition  is  called  alkalosis.  Aci- 

dosis is  the  more  common  tendency  because  ordinary  metabo- 
lism generates  se\  eral  a<  ids  w  ithin  the  bod} 
The  major  buffer  system  that  is  used  to  control  the  pi  I  of 

blood  is  the  carbonic  acid-bicarbonate  buffer  system.  Carbonic 
acid  (H2CO^)  and  bicarbonate  ion  (HCO3  )  are  ;1  conjugate 

acid-base  pair.  In  addition,  carbonic  acid  can  decompose  into 
carbon  dioxide  gas  and  w  ater  I  lie  important  equilibria  in  this 
buffer  system  are 

H+(aq)  +  HCO-,  (aq)  =  H20»/)         H20(/)  +  C02(#) 
[17.1()| 

Several  aspects  of  these  equilibria  are  notable.  First,  al- 
though carbonic  acid  is  a  diprotic  acid,  the  carbonate  ion 

(COt,~  )  is  unimportant  in  this  system.  Second,  one  of  the  com- 
ponents of  this  equilibrium,  C02,  is  a  gas,  which  provides  a 

▲  Figure  17.4   Red  blood  cells.  A  scanning  electromicrograph  of  a  group 
of  red  blood  cells  traveling  through  a  small  branch  of  an  artery.  Blood  is  a 
buffered  solution  whose  pH  is  maintained  between  7.35  and  7.45. 

mechanism  for  the  body  to  adjust  the  equilibria.  Removal  ot 

C02  via  exhalation  shifts  the  equilibria  to  the  right,  consum- 

ing H  '  ions.  Third,  the  buffer  svstem  in  blood  operates  at  a  pi  1 
ot  7.4,  which  is  fairl)  tar  removed  from  the  pKa\  value  of 

H2CO3  (6.1  at  physiological  temperatures).  In  order  tor  the 
buffer  to  have  a  pi  I  of  7.4,  the  ratio  [base]/[acid]  must  have  a 
value  of  about  20.  In  normal  blood  plasma  the  concentrations 
01  HO>,  and  I  l:COi  are  about  0.024  Al  and  0.0012 M,  respec- 

tively. As  a  consequence,  the  butler  has  a  high  capacity  to  neu- 
tralize additional  acid,  but  only  a  low  capacity  to  neutralize 

additional  base. 
I  he  principal  organs  that  regulate  the  pH  of  the  carbonic 

acid-bicarbonate  butler  s\  stem  are  the  lungs  and  kidneys. 
Some  of  the  receptors  in  the  brain  are  sensitive  to  the  concen- 

trations of  H  '  and  C02  in  bodily  fluids.  When  the  concentra- 
tion ot  CO2  rises,  the  equilibria  in  Equation  17.10  shift  to  the 

left,  which  leads  to  the  formation  ol  more  H  +  .  I  lie  receptors 
trigger  a  reflex  to  breathe  taster  and  deeper,  increasing  the  rate 
of  elimination  of  C02  from  the  lungs  and  shifting  the  equilib- 

ria back  to  the  right.  The  kidneys  absorb  or  release  II  and 
HCO3  ;  much  of  the  excess  acid  leaves  the  body  in  urine, 
which  normally  has  a  pH  of  5.0  to  7.0. 

The  regulation  of  the  pi  I  ol  blood  plasma  relates  directly 

to  the  effective  transport  of  02  to  bodily  tissues.  Oxygen  is  car- 
ried by  the  protein  hemoglobin,  which  is  found  in  red  blood 

cells.  Hemoglobin  (lib)  reversibly  binds  both  H  and  0:. 

These  two  substances  compete  for  the  Hb,  which  1  an  be  repre- 
sented approximately  by  the  following  equilibrium: 

HbH"1  t  02         Hb02  +  H  [17.11] 

Oxygen  enters  the  blood  through  the  lungs,  where  it  pass- 
es into  the  red  blood  cells  and  binds  to  lib.  When  the  blood 

reaches  tissue  in  which  the  concentration  ol  02  is  low,  the 

equilibrium  in  Equation  17.11  shifts  to  the  left  and  02  is  re- 
leased. An  increase  in  H  ion  concentration  (decrease  in  blood 

pi  I)  also  shifts  this  equilibrium  to  the  left,  as  does  increasing 
temperature. 

During  periods  of  strenuous  exertion,  three  factors  work 
together  to  ensure  the  delivery  of  02  to  active  tissues:  (I)  As 
02  is  consumed,  the  equilibrium  in  Equation  17.11  shifts  to  the 

left  according  to  Le  Chatelier's  principle.  (2)  Exertion  raises 
the  temperature  of  the  body,  also  shifting  the  equilibrium  to 
the  left.  (3)  Large  amounts  of  C02  are  produced  by  metabo- 

lism, which  shifts  the  equilibrium  in  Equation  17.10  to  the  left, 
thus  decreasing  the  pi  I.  Other  acids,  such  as  lactic  acid,  .ire 
also  produced  during  strenuous  exertion  as  tissues  become 
starved  tor  oxygen.  I  he  dec  rease  in  pi  I  shifts  the  hemoglobin 
equilibrium  to  the  left,  delivering  more  02.  In  addition,  the 
decrease  in  pl  1  stimulates  an  increase  in  the  rale  of  breathing, 
which  furnishes  more  02  and  eliminates  C02.  Without  this 

elaborate  arrangement,  the  02  in  tissues  would  be  rapidl)  de- 
pleted, making  further  ac  tivity  impossible. 

Related  Exercises:  \  7.\7  and  1 7.86 
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17.3  I  Acid-Base  Titrations 
Buret  containing 
NaOHOd/) 

pH  meter 
Beaker  containing HCl(aq) 

▲  Figure  17.5  Measuring  pH  during  a 
titration.  A  typical  setup  for  using  a  pH  meter  to 
measure  data  tor  a  titration  curve.  In  this  case  a 
standard  solution  of  NaOH  (the  titrant)  is  added 
by  buret  to  a  solution  of  HCI.  The  HCI  solution  is 
stirred  during  the  titration  to  ensure  uniform 
composition. 

In  Section  4.6  we  briefly  described  titrations.  In  an  acid-base  titration,  a  solu- 
tion containing  a  known  concentration  of  base  is  slowly  added  to  an  acid  (or 

the  acid  is  added  to  the  base).  Acid-base  indicators  can  be  used  to  signal  the 
equivalence  point  of  a  titration  (the  point  at  which  stoichiometrically  equiva- 

lent quantities  of  acid  and  base  have  been  brought  together).  Alternatively,  a 
pH  meter  can  be  used  to  monitor  the  progress  of  the  reaction  producing  a  pH 
titration  curve,  a  graph  of  the  pH  as  a  function  of  the  volume  of  the  added 
titrant.  The  shape  of  the  titration  curve  makes  it  possible  to  determine  the 

equivalence  point  in  the  titration.  The  titration  curve  can  also  be  used  to  select 
suitable  indicators  and  to  determine  the  K„  of  the  weak  acid  or  the  /(/,  of  the 
weak  base  being  titrated. 

A  typical  apparatus  for  measuring  pH  during  a  titration  is  illustrated  in 
Figure  17.5  ̂ .  The  titrant  is  added  to  the  solution  from  a  buret,  and  the  pH  is 

continually  monitored  using  a  pH  meter.  To  understand  why  titration  curves 
have  certain  characteristic  shapes,  we  will  examine  the  curves  for  three  kinds  of 

titrations:  (1)  strong  acid-strong  base,  (2)  weak  acid-strong  base,  and 

(3)  polyprotic  acid-strong  base.  We  will  also  briefly  consider  how  these  curves 
relate  to  those  involving  weak  bases. 

GIVE  IT  SOME  THOUGHT 

For  the  setup  shown  in  Figure  17.5,  will  pH  increase  or  decrease  as  titrant  is  added? 

ANIMATION 
Acid-Base  Titration 

ACTIVITY 
Acid-Base  Titration 

Study  of  Acid-Base  Titrations:  Monoprotic 
Acids 

Strong  Acid-Strong  Base  Titrations 
The  titration  curve  produced  when  a  strong  base  is  added  to  a  strong  acid  has 
the  general  shape  shown  in  Figure  17.6  ►.  This  curve  depicts  the  pH  change 
that  occurs  as  0.100  M  NaOH  is  added  to  50.0  ml  of  0.100  M  HCI.  The  pH  can 

be  calculated  at  various  stages  of  the  titration.  To  help  understand  these  calcu- 
lations, we  can  divide  the  curve  into  four  regions: 

1.  The  initial  pH:  The  pH  of  the  solution  before  the  addition  of  any  base  is  de- 
termined by  the  initial  concentration  of  the  strong  acid.  For  a  solution  of 

0.100  M  HCI,  [H+]  =  0.100  M,  and  hence  pH  =  -log(0.100)  =  1.000. 
Thus,  the  initial  pH  is  low. 

2.  Between  the  initial  pH  and  the  equivalence  point:  As  NaOH  is  added,  the  pH 
increases  slowly  at  first  and  then  rapidly  in  the  vicinity  of  the  equivalence 
point.  The  pH  of  the  solution  before  the  equivalence  point  is  determined  by 
the  concentration  of  acid  that  has  not  yet  been  neutralized.  This  calculation 
is  illustrated  in  Sample  Exercise  17.6(a). 

3.  The  equivalence  point:  At  the  equivalence  point  an  equal  number  of  moles  of 
the  NaOH  and  HCI  have  reacted,  leaving  only  a  solution  of  their  salt,  NaCl. 

The  pH  of  the  solution  is  7.00  because  the  cation  of  a  strong  base  (in  this 

case  Na+)  and  the  anion  of  a  strong  acid  (in  this  case  CP)  do  not  hydrolyze 
and  therefore  have  no  appreciable  effect  on  pH. 

4.  After  the  equivalence  point:  The  pH  of  the  solution  after  the  equivalence 

point  is  determined  by  the  concentration  of  the  excess  NaOH  in  the  solu- 
tion. This  calculation  is  illustrated  in  Sample  Exercise  17.6(b). 
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Initio!  acid 

pH 

Phenolphthalein  color- 

Equivalence  point 

Methyl  red  color- change  interval  J 

Remaining  acid Equivalence  point Excess  base 

▲  Figure  17.6   Adding  a  strong  base  to  a  strong  acid.  The  pH  curve  for  titration  of  50.0  ml_  of  a  0.100  M  solution  of  a  strong  acid  with  a 
0.100  M  solution  of  a  strong  base.  In  this  case  the  acid  is  HCI  and  the  base  is  NaOH.  The  pH  starts  out  at  a  low  value  characteristic  of  the  acid  and 
then  increases  as  base  is  added,  rising  rapidly  at  the  equivalence  point  Both  phenolphthalein  and  methyl  red  change  color  at  the  equivalence 
point.  (For  clarity,  water  molecules  have  been  omitted  from  the  molecular  art.) 

■■  SAMPLE  EXERCISE  17.6  |  Calculating  pH  for  a  Strong  Acid-Strong  Base  Titration 
Calculate  the  pH  when  the  following  quantities  of  0.100  M  NaOl  I  solution  have  been  added  to  50.0  ml  of  0.100  M  I  It  I  solution: 
(a)  49.0  mL,  (b)  51.0  mL. 

Solution 

Analyze:  We  are  asked  to  calculate  the  pi  I  at  two  points  in  the  titration  ol  a  strong  acid  with  a  strong  base.  I  he  first  point  is  just 
prior  to  the  equiv  alence  point,  so  we  expect  the  pH  to  be  determined  by  the  small  amount  ol  strong  acid  that  has  not  yet  been  neu- 

tralized. The  second  point  is  just  after  the  equivalence  point,  so  we  expect  this  pH  to  be  determined  by  the  small  amount  of  excess 
strong  base. 

Plan:  (a)  As  the  NaOH  solution  is  added  to  the  HCI  solution,  1 1 '  (</</)  reacts  with  OH  (</</)  to  form  HiO.  both  Na  and  C  I  are 
spectator  ions,  having  negligible  effect  on  the  pH.  In  order  to  determine  the  pll  of  the  solution,  we  must  Inst  determine  how 

many  moles  of  H  '  were  originally  present  and  how  main  moles  of  OH  were  added.  We  i  an  then  calt  ulate  how  main  moles  ol 
each  ion  remain  after  the  neutralization  reaction.  In  order  to  calculate  |H  |,  and  hence  pi  I,  we  must  also  remember  that  the  \  ol- 
ume  of  the  solution  increases  as  we  add  titrant,  thus  diluting  the  concentration  ol  all  solutes  present. 

Solve:  The  number  of  moles  of  1 1 

in  the  original  HCI  solution  is  given 
by  the  product  of  the  volume  of  the  , 

solution  (50.0  mL  =  0.0500  L)  and  ,  so|      0d00  mol  H  1  ̂  =  , its  molarity  (0.100  AT):  \     I  L  soln 
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Likewise,  the  number  of  moles  of 
OH   in  49.0  mL  of  0.100  M  NaOH  is 

Because  we  have  not  vet  reached  the 
equivalence  point,  there  are  more 

moles  of  H+  present  than  OH'".  Each 
mole  of  OH  ~  will  react  with  one  mole 
of  H*.  Using  the  convention  intro- 

duced in  Sample  Exercise  17.5, 

During  the  course  of  the  titration,  the 
volume  of  the  reaction  mixture  in- 

creases as  the  NaOH  solution  is 
added  to  the  HC1  solution.  Thus,  at 
this  point  in  the  titration,  the  solution 
has  a  volume  of 
50.0  mL  +  49.0  mL  =  99.0  mL. 
(We  assume  that  the  total  volume  is 
the  sum  of  the  volumes  of  the  acid 

and  base  solutions.)  Thus,  the  con- 

centration of  HT((?(j)  is 

The  corresponding  pH  equals 

(0.0490  L  soln) 0.1  nol  (  )l  I 
1  L  soln 

Before  rxn:      5.00  x  10  '  mol 

II  (aq) 

After  rxn:        0.10      10  3  mol 

4.90  /  10  1  mol  Ol  I 

4.90  X  10  '  mol 

OH  (aq) 

0.00  mol 

H20(/) 

[h+; 

moles  H'(aq)      0.10  x  10~3mol 
liters  soln 0.09900  L 

=  1.0  x  10~3M 

-log(1.0  x  10" 

3.00 

Plan:  (b)  We  proceed  in  the  same  way  as  we  did  in  part  (a),  except  we  are  now  past  the  equivalence  point  and  have  more  OH"  in 
the  solution  than  H+.  As  before,  the  initial  number  of  moles  of  each  reactant  is  determined  from  their  volumes  and  concentra- 

tions. The  reactant  present  in  smaller  stoichiometric  amount  (the  limiting  reactant)  is  consumed  completely,  leaving  an  excess  this 
time  of  hydroxide  ion. 

Solve: Before  rxn: 

After  rxn: 

.00  X  10  1  mol 

H '(aq) 

0.0  mol 

5.10  x  10  1  mol 

OH~(aq) 

0.10  x  10  3  mol 

H20(/) 

In  this  case  the  total  volume  of  the 
solution  is 30.0  mL  +  51.0  mL  =  101.0  mL  =  0.1010  L 

Hence,  the  concentration  of  OH  (aq) 
in  the  solution  is 

Thus,  the  pOH  of  the  solution 

equals 

and  the  pH  equals 

moles  OH  (aq)      0.10  x  10"3  mol  , 
[OH"]  = — —  — — -     =1.0xlO"3M liters  soln 0.1010  L 

pOH  =  -log(1.0  x  10"3)  =  3.00 

pH  =  14.00  -  pOH  =  14.00  -  3.00  -  11.00 

■  PRACTICE  EXERCISE 

Calculate  the  pH  when  the  following  quantities  of  0.100  M  HNO^  have  been  added  to  25.0  mL  of  0.100  M  KOH  solution: 
(a)  24.9  mL,  (b)  25.1  mL. 
Answers:  (a)  10.30,  (b)  3.70 

Optimally,  an  indicator  would  change  color  at  the  equivalence  point  in  a 

titration.  In  practice,  however,  that  is  unnecessary.  The  pH  changes  very  rapid- 
ly near  the  equivalence  point,  and  in  this  region  merely  a  drop  of  titrant  can 

change  the  pH  by  several  units.  Thus,  an  indicator  beginning  and  ending  its 

color  change  anywhere  on  this  rapid-rise  portion  of  the  titration  curve  will  give 
a  sufficiently  accurate  measure  of  the  volume  of  titrant  needed  to  reach  the 
equivalence  point.  The  point  in  a  titration  where  the  indicator  changes  color  is 
(..died  the  end  point  to  distinguish  it  from  the  actual  equivalence  point  that  it 

closely  approximates. 
In  Figure  17.6  we  see  that  the  pH  changes  very  rapidly  from  about  4  to 

about  10  near  the  equivalence  point.  Consequently,  an  indicator  for  this  strong 
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-n  -  f A  Figure  17.7   Methyl  red  indicator. 
Change  in  appearance  of  a  solution  containing 
methyl  red  indicator  in  the  pH  range  4  2  to  6.3. 
The  characteristic  acidic  color  is  shown  in  (a), 
and  the  characteristic  basic  color  in  (b) 

(a) 

fb) 

acid-strong  base  titration  din  change  color  anywhere  in  this  range.  Most 
strong  acid-strong  base  titrations  arc  carried  out  using  phenolphthalein  as  an 

indicator  (Figure  4.  Icn  because  it  dramatically  changes  color  in  this  range.  From 
Figure  16.7,  we  see  that  phenolphthalein  changes  color  from  pH  8.3  to  10.0. 
Several  other  indicators  would  also  be  satisfactory,  including  methyl  red,  which 
changes  color  from  pi  1  4.2  to  h.O  (Figure  17.7  A). 

Titration  of  a  solution  of  a  strong  base  with  a  solution  of  a  strong  acid 

would  yield  an  analogous  curv  e  of  pH  versus  added  acid.  In  this  case,  howev  - 
er, the  pH  would  be  high  at  the  outset  of  the  titration  and  low  at  its  completion, 

as  shown  in  Figure  17.8  ►. 

Weak  Acid-Strong  Base  Titrations 

The  curve  for  the  titration  of  a  weak  acid  by  a  strong  base  is  very  similar  in 

shape  to  that  for  the  titration  of  a  strong  acid  by  a  strong  base.  Consider,  tor  ex- 
ample, the  titration  curve  for  the  titration  of  50.0  mL  of  0.100  M  acetic  acid 

(HC2H302)  with  0.100  M  NaOH  shown  in  Figure  17.9  ►.  We  can  calculate  the 
pH  at  points  along  this  curve,  using  principles  we  have  discussed  earlier.  As  in 
the  case  of  the  titration  of  a  strong  acid  by  a  strong  base,  we  can  divide  the 
curve  into  four  regions: 

1.  The  initial  pH:  This  pH  is  just  the  pH  of  the  0.100  M  HC2H302.  We  per- 
formed calculations  of  this  kind  in  Section  16.6.  The  calculated  pi  I  of 

0.100  M  HC2H302  is2.fW. 

2.  Between  the  initial  pH  and  the  equivalence  point:  To  determine  pH  in  this 
range,  we  must  consider  the  neutralization  of  the  acid. 

HC2H302(/?</)  +  OH  (//(/) C2H302  (aq)  +  H20(7) 7.V. 

Prior  to  reaching  the  equivalence  point,  part  of  the  HC2H302  is  neutralized 
to  form  C2H302  .  Thus,  the  solution  contains  a  mixture  of  HC2H302  and 
C2H302 

The  approach  we  take  in  calculating  the  pH  in  this  region  of  the  titration 
curve  involves  two  main  steps.  First,  we  consider  the  neutralization  reaction 
between  HC2H302  and  OH  to  determine  the  concentrations  of  HC2I I  ,(  >2 

and  C2H302    in  the  solution.  Next,  we  calculate  the  pl  l  of  this  butter  pair 

▲  Figure  17.8   Adding  a  strong  acid  to  a 
strong  base.  The  shape  of  a  pH  curve  for 
titration  of  a  strong  base  with  a  strong  acid.  The 
pH  starts  out  at  a  high  value  characteristic  of  the 
base  and  then  decreases  as  acid  is  added, 

dropping  rapidly  at  the  equivalence  point 

Weak  Acid-Strong  Base  Titrations 
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HC2H302 

Initial  acid 

pH 

1 

Phenolphthalein  color- rh,n"HM*  int**rV/il  / 

Equivalence  point 
/\ 

Methyl  red  color- >        change  interval  /  1 

III 

0     61)      70  80 

ry)L  NaOH 

C-.HtO-> 

Buffer  mixture Equivalence  point Excess  base 

▲  Figure  17.9   Adding  a  strong  base  to  a  weak  acid.  The  curve  shows  the  variation  in  pH  as  0.100  M  NaOH  solution  is  added  to  50.0  mL 
of  0.100  M  acetic  acid  solution.  Phenolphthalein  changes  color  at  the  equivalence  point,  but  methyl  red  does  not.  (For  clarity,  water  molecules 
have  been  omitted  from  the  molecular  art.) 

ACTIVITY 
Titration  Calculation 

T  Figure  17.10   Procedure  for  calculating 
the  pH  when  a  weak  acid  is  partially 
neutralized  by  a  strong  base.  First  consider 
the  effect  of  the  neutralization  reaction 
(stoichiometry  calculation).  Then  determine 
the  pH  of  the  resultant  buffer  mixture 
(equilibrium  calculation).  An  analogous 
procedure  can  be  used  for  the  addition  of  strong 
acid  to  a  weak  base. 

using  procedures  developed  in  Sections  17.1  and  17.2.  The  general  procedure 
is  diagrammed  in  Figure  17.10  T  and  illustrated  in  Sample  Exercise  17.7. 

3.  The  equivalence  point:  The  equivalence  point  is  reached  after  adding  50.0  mL 
of  0.100  M  NaOH  to  the  50.0  mL  of  0.100  M  HC2H302.  At  this  point  the 

5.00  x  l(T3mol  of  NaOH  completely  reacts  with  the  5.00  x  10~3mol  of 

HC2H30:  to  form  5.00  x  10~3  mol  of  "their  salt,  NaC:H302.  The  Na"  ion  of this  salt  has  no  significant  effect  on  the  pH.  The  C2H3O2  ion,  however,  is  a 

weak  base,  and  the  pH  at  the  equivalence  point  is  therefore  greater  than  7.  In- 
deed, the  pH  at  the  equivalence  point  is  always  above  7  in  a  weak 

acid-strong  base  titration  because  the  anion  of  the  salt  formed  is  a  weak  base. 

4.  After  the  equivalence  point:  In  this  region  of  the  titration  curve,  [OH~]  from 
the  reaction  of  C2H3O2  with  water  is  negligible  compared  to  [OH~] 
from  the  excess  NaOH.  Thus,  the  pH  is  determined  by  the  concentration  of 

OH-  from  the  excess  NaOH.  The  method  for  calculating  pH  in  this  region 
is  therefore  like  that  for  the  strong  acid-strong  base  titration  illustrated  in 

Solution  containing 
weak  acid  and 
strong  base 

Neutralization 

HX+OH"  >X-  +  H20 

Stoichiometric  calculation 

Calculate 

[HX]  and  [X"] 
after  reaction 

Use  Kn,  [HX],  and 

[X"]  to  calculate  [H+] 

Equilibrium  calculation 

pH 
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Sample  Exercise  17.6(b).  Thus,  the  addition  of  51.0  mL  of  0.100  M  NaOH  to 

50.0  mL  of  either  0.100  M  HC1  or  0.100  M  HC2H302  yields  the  same  pH, 

11.00.  Notice  in  Figures  17.6  and  17.4  that  the  titration  curves  for  the  titra- 
tions of  both  the  strong  acid  and  the  weak  acid  are  the  same  alter  the  equiv- 

alence point. 

Hi  SAMPLE  EXERCISE  17.7  |  Calculating  pH  for  a  Weak  Acid-Strong  Base  Titration 

Calculate  the  pH  of  the  solution  formed  when  45.0  mL  of  0.100  M  NaOH  is  added  to  50.0  ml  of  0.100  M  HC2H302 
(K„  =  1.8  x  10  5). 
Solution 

Analyze:  We  are  asked  to  calculate  the  pH  prior  to  the  equivalence  point  of  the  titration  of  a  weak  acid  with  a  strong  base. 
Plan:  We  first  must  determine  the  number  ol  moles  ol  w  eak  acid  and  strong  base  that  have  been  combined.  This  will  tell  us  hou 

much  of  the  weak  acid's  conjugate  base  has  been  produced,  and  we  can  solve  for  pi  I  using  the  equilibrium-constant  expression 

Solve:  Stoichiometry  Calculation  I  He 
product  of  the  volume  and  concen- 

tration of  each  solution  gives  the 
number  of  moles  ol  each  reactant 

present  before  the  neutralization: 

(0.0500  L  soln) 

(0.0450  I.  soln) 

0.100  nuil  lit    II  ,0 

1  L  soln 

0.100  mol  NaOH 

1  L  soln 

=  5.00 

4.50 

mol  HC2H302 

mol  NaOI  I 

The  4.50  x  10  1 
consumes  4.50 
HC2H302: 

mol  of  NaOH 

1(1  '     mol  of 
Before  rxn:     5.011  •   1(1  mol 

HC2H302(w/)  1 
Alter  rxn:      0.50  ■   LO  5  mol 

4.50  ■  Id  '  mol 

Ol  I  {aq)   » ().()  mol 

0.0  mol 

C2H302  {aq)  -  H20(/) 
430  ■   10  mol 

The  total  volume  of  the  solution  is 

The  resulting  molarities  of  IK  21  I  ,( )2 
and  C2H302  after  the  reaction  are 
therefore 

Equilibrium  Calculation:  The  equilibri- 
um between  HC2I I  ?02  and  C  T  I  CT 

must  obey  the  equilibrium-constant 
expression  forHC2H  }02: 

Solving  for[H  ]  gives 

4s.il  ml.  +  =10.0  ml.     MS.O  mL 

[HC2H302] 

[C2H30  | 

0.50  x  10  3  mol 
().(W5l)  I 

4.50  x  10" 3  mol 
0.0950  I 

0.0950  I 

0.0053  M 

(1.0474  M 

in 

[H  +  ][C2H302 
[HC2H302] 

[HC2H302] 

k.  ■ 

[C2H302 

pH  =  -log(2.0  ■  in  ' 

l.S  ■  10 

(1.8 

5.70 

0.0053 

0.0474 

=  2.0 

10  6  M 

Comment:  We  could  have  solved  for  pH  equally  well  using  the  I  Ienderson-1  lasselbak  h  equation. 

■1  PRACTICE  EXERCISE 

(a)  Calculate  the  pH  in  the  solution  formed  by  adding  10.0  mL  of  0.050  AT  NaOH  to  40.0  ml  of  0.0250  M  benzoic  acid 
(HC7H502/Kn  =  6.3  *  10  Y  (b)  Calculate  the  pH  in  the  solution  formed  by  adding  10.0  ml  of  0.100  Al  Ik  I  to  20.0  ml  ol 
0.100  AT  NH  v 
Answers:  (a)  4.20,  (b)  9.26 

Wm  SAMPLE  EXERCISE  17.8  |  Calculating  the  pH  at  the  Equivalence  Point 

Calculate  the  pll  at  the  equivalence  point  in  the  titration  of  50.0  ml  of  0.100  Al 
HC2H302  with  0.100  A4  NaOH. 

Solution 

Analyze:  We  are  asked  to  determine  the  pH  at  the  equivalence  point  of  the  titration 
of  a  weak  acid  with  a  strong  base.  Because  the  neutralization  of  a  weak  acid  produces 
its  anion,  which  is  a  weak  base,  we  expect  the  pll  at  the  equivalence  point  to  be 
greater  than  7. 
Plan:  We  should  first  determine  how  many  moles  of  acetic  acid  there  are  initially. 
This  will  tell  us  how  many  moles  of  acetate  ion  there  will  be  at  the  equivalence  point. 
We  then  must  determine  the  volume  of  the  solution  at  the  equivalence  point  and  the 
resultant  concentration  of  acetate  ion.  Because  the  acetate  ion  is  a  weak  base,  we  can 
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calculate  the  pH  using  K),  and  the  concentration  of  acetate  as  we  did  for  other  weak 
bases  in  Section  16.7. 
Solve:  The  number  of  moles  of  acetic  acid  in  the  initial  solution  is  obtained  from  the 
volume  and  molarity  of  the  solution: 

Moles  =  M  x  L  =  (0.100  mol/L)(0.0500  L)  =  5.00  x  10  1  mol  HC2H302 

Hence  5.00  X  10  3  mol  of  C2H^02  is  formed.  It  will  take  50.0  mL  of  NaOH  to  reach 
the  equivalence  point  (Figure  17.9).  The  volume  of  this  salt  solution  at  the  equiva- 

lence point  is  the  sum  of  the  volumes  of  the  arid  and  base,  50.0  mL  +  50.0  mL  = 
100.0  mL  =  0.1000  L.  Thus,  the  concentration  of  C2H  ,02  is 

5.00  X  10"3  mol CM-hO,     =   — -— —          =  0.0500  M 0.1000  L 

The  C2H302   ion  is  a  weak  base. 

C2hh02  (aq)  +  HzO(/)         HC2H.102('"7)  +  OH~(aq) 
The  Kj,  tor  C2HiOt  can  be  calculated  from  the  K„  value  of  its  conjugate  acid, 

Kb  =  KJKa  =  (1.0  X  10~14)/(1.8  x  10~s)  =  5.6  x  10~10  Using  the  Kb  expression, we  have 

[HC2H302  ][OH  ] 

[C2H^02 0.0500 

5.6  x  10"10 

Making  the  approximation  that  0.0500  -  x  -  0.0500,  and  then  solving  for  x,  we  have 

x  =  [OH  ]  =  5.3  x  10~h  M,  which  gives  pOH  =  5.28  and  pH  =  8.72. 
Check:  The  pH  is  above  7,  as  expected  for  the  salt  of  a  weak  acid  and  strong  base. 

■i  PRACTICE  EXERCISE 

Calculate  the  pH  at  the  equivalence  point  when  (a)  40.0  mL  of  0.025  M  benzoic  acid 

(HC7HsO,  Ka  =  6.3  X  10~5)  is  titrated  with  0.050  M  NaOH;  (b)  40.0  mL  of  0.100  M NH3  is  titrated  with  0.100  M  HC1. 
Answers:  (a)  8.21,  (b)  5.28 

14.0 

12.1) 

10.0 

■so 

6.0 

4.0 

2.0 

Equivalence  point  — i 

Ka  =  vr^^ 

y           K  =  10 
 4 

 Strong  acid 

0       10       20      30      40       50  60 
mL  NaOH 

▲  Figure  17.11   Effect  of  Ka  on  titration 
curves.  This  set  of  curves  shows  the  influence  of 
acid  strength  (Ka)  on  the  shape  of  the  curve  for 
titration  with  NaOH.  Each  curve  represents  titration 
of  50.0  mL  of  0.10  M  acid  with  0.10  M  NaOH.  The 
weaker  the  acid,  the  higher  the  initial  pH  and  the 
smaller  the  pH  change  at  the  equivalence  point 

The  pH  titration  curves  for  weak  acid-strong  base  titrations  differ  from 
those  for  strong  acid-strong  base  titrations  in  three  noteworthy  ways: 

1.  The  solution  of  the  weak  acid  has  a  higher  initial  pH  than  a  solution  of  a 
strong  acid  of  the  same  concentration. 

2.  The  pH  change  at  the  rapid-rise  portion  of  the  curve  near  the  equivalence 
point  is  smaller  for  the  weak  acid  than  it  is  for  the  strong  acid. 

3.  The  pH  at  the  equivalence  point  is  above  7.00  for  the  weak  acid-strong  base 
titration. 

To  illustrate  these  differences  further,  consider  the  family  of  titration  curves 

shown  in  Figure  17.11  A.  As  expected,  the  initial  pH  of  the  weak  acid  solutions 

is  always  higher  than  that  of  the  strong  acid  solution  of  the  same  concentration. 
Notice  also  that  the  pH  change  near  the  equivalence  point  becomes  less  marked 
as  the  acid  becomes  weaker  (that  is,  as  Ka  becomes  smaller).  Finally,  the  pH  at 

the  equivalence  point  steadily  increases  as  Kn  decreases.  It  is  virtually  impossi- 
ble to  determine  the  equivalence  point  when  pKa  is  10  or  higher  because  the  pH 

change  is  too  small  and  gradual. 
Because  the  pH  change  near  the  equivalence  point  becomes  smaller  as 

Ka  decreases,  the  choice  of  indicator  for  a  weak  acid-strong  base  titration 
is  more  critical  than  it  is  for  a  strong  acid-strong  base  titration.  When 

0.100  M  HC2H302  {K„  =  1.8  X  10"5)  is  titrated  with  0.100  M  NaOH,  for  exam- 
ple, as  shown  in  Figure  17.9,  the  pH  increases  rapidly  only  over  the  pH  range  of 

about  7  to  10.  Phenolphthalein  is  therefore  an  ideal  indicator  because  it  changes 
color  from  pH  8.3  to  10.0,  close  to  the  pH  at  the  equivalence  point.  Methyl  red  is 
a  poor  choice,  however,  because  its  color  change  occurs  from  4.2  to  6.0,  which 
begins  well  before  the  equivalence  point  is  reached. 
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Titration  of  a  weak  base  (such  as  0.100  M  NH-0  with  a  strong 
acid  solution  (such  as  0.100  M  HC1)  leads  to  the  titration  curve 

shown  in  Figure  17.12  ►.  In  this  particular  example  the  equivalence 

point  occurs  at  pH  5.28.  Thus,  methyl  red  would  be  an  ideal  indica- 
tor, but  phenolphthalein  would  be  a  poor  choice. 

9 GIVE  IT  SOME  THOUGHT 

Why  is  the  choice  of  indicator  more  crucial  for  a  weak  acid-strong  base 
titration  than  for  a  strong  acid-strong  base  titration? 

Titrations  of  Polyprotic  Acids 

When  weak  acids  contain  more  than  one  ionizable  H  atom,  as  in 

phosphorous  acid  (H3PO3),  reaction  with  OH  occurs  in  a  series 
of  steps.    Neutralization   of    H3PO3   proceeds   in    two  stages. 

pH 

H3P03(fl</)  +  OH  (aq) 

H2P03  (aq)  ;  OH  (aq) 

H2P03  (aq)  +  H20(/) 

HPO32  (aq)  f  H20(/) 

17.13] 

17.14) 

When  the  neutralization  steps  of  a  polyprotic  acid  or  polybasic  base  are  suf- 
ficiently separated,  the  substance  exhibits  a  titration  curve  with  multiple  equiv- 

alence points.  Figure  17.13  ▼  show  s  the  two  distinct  equiv  alence  points  in  the 

titration  curve  for  the  H3PO3-H2PO3  -HPO32  system. 

0     10    20    30    40    50    60    70    SO  90 

mL  Na(  »l  I 100 

Methyl  red  color- chance  interval 

20 

?0     40  50 

mL  HCI 60  70 
80 

▲  Figure  17.12   Adding  a  strong  acid  to  a 
base.  The  blue  curve  shows  pH  versus  volume  of 
added  HCI  in  the  titration  of  50.0  mL  of  0.10  M 
ammonia  (weak  base)  with  0.10  M  HCI.  The  red 
curve  shows  pH  versus  added  acid  for  the 
titration  of  0.10  M  NaOH  (strong  base).  Both 
phenolphthalein  and  methyl  red  change  color  at 
the  equivalence  point  in  the  titration  of  the  strong 
base.  Phenolphthalein  changes  color  before  the 
equivalence  point  in  the  titration  of  the 
weak  base. 

Study  of  Acid-Base  Titrations:  Polyprotic  Acids 

<  Figure  17.13   Diprotic  acid.  Titration 
curve  for  the  reaction  of  50.0  mL  of  0.10  M  H5PO, 
with  0.10  M  NaOH. 

17.4  I  Solubility  Equilibria  

The  equilibria  that  we  have  considered  thus  far  in  this  chapter  have  involved 
acids  and  bases.  Furthermore,  they  have  been  homogeneous;  that  is,  all  the 
species  have  been  in  the  same  phase.  Through  the  rest  of  this  chapter  we  will 

consider  the  equilibria  involved  in  the  dissolution  or  precipitation  of  ionic  com- 
pounds. These  reactions  are  heterogeneous. 

The  dissolving  and  precipitating  of  compounds  are  phenomena  that  occur 
both  within  us  and  around  us.  Tooth  enamel  dissolves  in  acidic  solutions,  for 

example,  causing  tooth  decay.  The  precipitation  of  certain  salts  in  our  kidneys 
produces  kidney  stones.  The  waters  of  the  earth  contain  salts  dissolved  as 
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ACTIVITY 
Solubility  Product  Constant 

water  passes  over  and  through  the  ground.  Precipitation  of  CaCO^  from 
groundwater  is  responsible  for  the  formation  of  stalactites  and  stalagmites 
within  limestone  caves  (Figure  4.1). 

In  our  earlier  discussion  of  precipitation  reactions,  we  considered 

some  general  rules  for  predicting  the  solubility  of  common  salts  in  water. 
)  These  rules  give  us  a  qualitative  sense  of  whether  a  com- 

pound will  have  a  low  or  high  solubility  in  water.  By  considering  solubility 
equilibria,  in  contrast,  we  can  make  quantitative  predictions  about  the  amount 

of  a  given  compound  that  will  dissolve.  We  can  also  use  these  equilibria  to  ana- 
lyze the  factors  that  affect  solubility 

The  Solubility-Product  Constant,  Ksp 
Recall  that  a  saturated  solution  is  one  in  which  the  solution  is  in  contact  with 

undissolved  solute.  Consider,  for  example,  a  saturated  aque- 
ous solution  of  BaS04  that  is  in  contact  with  solid  BaS04.  Because  the  solid  is 

an  ionic  compound,  it  is  a  strong  electrolyte  and  yields  Ba2+(aq)  and  S042~(rt(/) 
ions  upon  dissolving.  The  following  equilibrium  is  readily  established  between 
the  undissolved  solid  and  hydrated  ions  in  solution: BaS04(s) 

Ba->(/)  +  S042~  (aq) 
[17.15] 

As  with  any  other  equilibrium,  the  extent  to  which  this  dissolution  reaction  oc- 
curs is  expressed  by  the  magnitude  of  its  equilibrium  constant.  Because  this 

equilibrium  equation  describes  the  dissolution  of  a  solid,  the  equilibrium  con- 
stant indicates  how  soluble  the  solid  is  in  water  and  is  referred  to  as  the 

solubility-product  constant  (or  simply  the  solubility  product).  It  is  denoted 

/vs/,,  where  sp  stands  for  solubility  product.  The  equilibrium-constant  expres- 
sion for  this  process  is  written  according  to  the  same  rules  as  those  that  apply  to 

any  equilibrium-constant  expression.  That  is,  the  concentration  terms  of  the 
products  are  multiplied  together,  and  each  is  raised  to  the  power  of  its  stoichio- 

metric coefficient  in  the  balanced  chemical  equation.  These  are  divided  by  the 
concentration  terms  of  the  reactants  multiplied  together,  and  each  raised  to  the 

power  of  its  stoichiometric  coefficient.  Solids,  liquids,  and  solvents  do  not  ap- 
pear in  the  equilibrium-constant  expressions  for  heterogeneous  equilibria, 

however. 

The  solubility  product  equals  the  product  of  the  concentration  of  the  ions  involved 
in  the  equilibrium,  each  raised  to  the  power  of  its  coefficient  in  the  equilibrium  equation. 

Thus,  the  solubility-product  expression  for  the  equilibrium  expressed  in 

Equation  17.15  is 

Ksp  =  [Ba2+][S042~]  [17.16] 

Even  though  [BaS04]  is  excluded  from  the  equilibrium-constant  expression, 
some  undissolved  BaS04(s)  must  be  present  in  order  for  the  system  to  be  at 

equilibrium. 
In  general,  the  solubilitv-product  constant  ( Ks„)  is  the  equilibrium  constant  for 

the  equilibrium  that  exists  between  a  solid  ionic  solute  and  its  ions  in  a  saturated 

aqueous  solution.  The  values  of  Ks„  at  25°C  for  many  ionic  solids  are  tabulated  in 

Appendix  D.  The  value  of  Ks„  for  BaS04  is  1 .1  X  10~10,  a  very  small  number,  indi- 
cating that  only  a  very  small  amount  of  the  solid  will  dissolve  in  water. 

MR  SAMPLE  EXERCISE  17.9  |  Writing  Solubility-Product  (Ksp)  Expressions 
Write  the  expression  for  the  solubility-product  constant  for  CaF2,  and  look  up  the 
corresponding  K^f,  value  in  Appendix  D. 
Solution 

Analyze  and  Plan:  We  are  asked  to  write  an  equilibrium-constant  expression  for  the 
process  by  which  CaF2  dissolves  in  water.  We  apply  the  same  rules  for  writing  any 
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equilibrium-constant  expression,  making  sure  to  exclude  the  solid  reactant  from  the 
expression.  We  assume  that  the  compound  dissociates  completely  into  its  component 
ions. 

CaF;(s)         Ca2+(aq)  +  2  F  (aq) 
Solve:  Following  the  italicized  rule  stated  previously,  the  expression  lor  K.:  is 

Ks;,  -  [Ca2+][F  |2 
In  Appendix  D  we  see  that  this  KSjJ  has  a  value  of  3.9  ■  hi  . 

Hi  PRACTICE  EXERCISE 

Give  the  solubility-product-constant  expressions  and  the  values  of  the  solubility- 
product  constants  (from  Appendix  D)  for  the  follow  ing  compounds:  (a)  barium  car- 

bonate, (b)  silver  sulfate. 

1.5  •  10  5 
Answers:  (a)  K ,.,    [B«r'|[C(>>-  1  r() 

l';(b)  K,.,     [Ag  |-[SOr 

Solubility  and  Ksp 

It  is  important  to  distinguish  carefully  between  solubility  and  the  solubility- 
product  constant.  The  solubility  of  a  substance  is  the  quantity  that  dissolves  to 
form  a  saturated  solution.  Solubility  is  often  expressed  as 

grams  of  solute  per  liter  of  solution  (g/L).  The  molar  solubility  is  the  number  of 
moles  of  the  solute  that  dissolve  in  forming  a  liter  ol  saturated  solution  of  the 

solute  (mol/L).  The  solubility-product  constant  (Ks„)  is  the  equilibrium  con- 
stant for  the  equilibrium  between  an  ionic  solid  and  its  saturated  solution  and 

is  a  unitless  number.  Thus,  the  magnitude  of  K  r  is  a  measure  of  how  much  of 
the  solid  dissolves  to  form  a  saturated  solution. 

9 ilVE  IT  SI 

Without  doing  a  calculation,  predict  which  of  the  following  compounds  will 

have  the  greatest  molar  solubility  in  water:  AgCl  (/Csp  1.8  10  l0),  AgBr 

(K 
5.0 10         or  Agl  (Ksp  =  8.3 10  ,7). 

The  solubility  of  a  substance  can  change  considerably  as  the  concentrations 

of  other  solutes  change.  The  solubility  of  Mg(OH)2,  for  example,  depends  high- 
ly on  pH.  The  solubility  is  also  affected  by  the  concentrations  of  other  ions  in 

solution,  especially  Mg~ '.  In  contrast,  the  solubility-product  constant,  Ks„,  has 
only  one  value  for  a  given  solute  at  any  specific  temperature." 

In  principle,  it  is  possible  to  use  the  Ks/,  value  of  a  salt  to  calculate  solubility 
under  a  variety  of  conditions.  In  practice,  great  care  must  be  taken  in  doing  so 

for  the  reasons  indicated  in  "A  Closer  Look"  on  the  limitations  of  solubility 
products  in  Section  17.5.  Agreement 
between  measured  solubility  and  that 

calculated  from  Ks„  is  usually  best  for 
salts  whose  ions  have  low  charges  (1  + 

and  1  — )  and  do  not  hydrolyze. 
Figure  17.14  ►  summarizes  the  rela- 

tionships among  various  expressions 
of  solubility  and  Ks,,. 

Solubility 

of  compound 

(g/L) 

Molar  solubility 

of  compound 
(mol/L) 

Molar 
concentration 

of  ions 

A  Figure  17.14   Relationships  between  solubility  and  Ksp.  The  solubility  of  any  compound  in  grams 
per  liter  can  be  converted  to  molar  solubility  The  molar  solubility  can  be  used  to  determine  the  concentrations 
of  ions  in  solution.  The  concentration  of  ions  can  be  used  to  calculate  Ks„.  The  steps  can  be  reversed,  and 
solubility  calculated  from  Ksp. 

*  This  is  strictly  true  only  for  very  dilute  solutions.  [Tie  values  ol  equilibrium  constants  are  some- what altered  when  the  total  concentration  of  ionic  substances  in  water  is  increased.  However,  we 
will  ignore  these  effects,  which  are  taken  into  consideration  only  for  work  that  requires  ex<  eptional 
accuracy. 
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■■  SAMPLE  EXERCISE  17.10  |  Calculating  Ksp  from  Solubility 

Solid  silver  chromate  is  added  to  pure  water  at  2"~>  C.  Some  of  the  solid  remains  undis- 
solved at  the  bottom  of  the  flask.  The  mixture  is  stirred  for  several  days  to  ensure  that 

equilibrium  is  achieved  between  the  undissolved  Ag2CrC>4(s)  and  the  solution.  Analysis 
of  the  equilibrated  solution  shows  that  its  silver  ion  concentration  is  1.3  X  10  4  M.  As- 

suming that  Ag2Cr04  dissociates  completely  in  water  and  that  there  are  no  other  impor- 
tant equilibria  involving  the  Ag  or  Cr04~  ions  in  the  solution,  calculate  K^,  for  this 

compound. 
Solution 

Analyze:  We  are  given  the  equilibrium  concentration  of  Ag'  in  a  saturated  solution 
of  Ag2Cr04.  From  this,  we  are  asked  to  determine  the  value  of  the  solubility-product 
constantTor  the  dissolution  of  Ag2Cr04. 
Plan:  The  equilibrium  equation  and  the  expression  for  Ksp  are 

Ag2Cr04(s)  =  2  Ag '(<?</)  +  Cr042 ~(aq)       Ksp  =  [Ag*]2[Cr042  ] 

To  calculate  Ks„,  we  need  the  equilibrium  concentrations  of  Ag*  and  Cr042  .  We 
know  that  at  equilibrium  [Ag  ]  =  1.3  X  10  4  M.  All  the  Ag+  and  Cr042  ions  in  the 
solution  come  from  the  Ag^Cr04  that  dissolves.  Thus,  we  can  use  [Ag*]  to  calculate [CrCV  ]. 
Solve:  From  the  chemical  formula  of  silver  chromate,  we  know  that  there  must  be 

2  Ag  ions  in  solution  for  each  Cr04~  ion  in  solution.  Consequently,  the  concentra- 
tion of  Cr04~   is  half  the  concentration  of  Ag*. 

A.3  x  10  4mol  Ag' \/i  molCr042  \ 
[CrQ42  ]  =    -  — —     — ^-   —    =  6.5  X  10"°  M 

L  /\   2  mol  Ag" 
We  can  now  calculate  the  value  of  Ksp. 

Ksp  =  [Ag*]2[Cr042~]  =  (1.3  x  10  4)2(6.5  x  10~3)  =  1.1  x  10~12 
Check:  We  obtain  a  small  value,  as  expected  for  a  slightly  soluble  salt.  Furthermore, 
the  calculated  value  agrees  well  with  the  one  given  in  Appendix  D,  1.2  x  10  . 

Wm  PRACTICE  EXERCISE 

A  saturated  solution  of  Mg(OH)2  in  contact  with  undissolved  solid  is  prepared  at  25°C. 
The  pH  of  the  solution  is  found  to  be  10.17.  Assuming  that  Mg(OH)2  dissociates  com- 

pletely in  water  and  that  there  are  no  other  simultaneous  equilibria  involving  the  Mg^~ 
or  OH    ions  in  the  solution,  calculate  Ksp  for  this  compound. 

Answer:  1.6  x  10"12 

■■SAIVIPLEEXERCISE17.il  |  Calculating  Solubility  from  Ksp 

The  Ks„  for  CaF2  is  3.9  X  10~"  at  25°C.  Assuming  that  CaF2  dissociates  completely  upon  dissolving  and  that  there  are  no  other important  equilibria  affecting  its  solubility,  calculate  the  solubility  of  CaF2  in  grams  per  liter. 

Solution 

Analyze:  We  are  given  Ksp  for  CaF2  and  are  asked  to  determine  solubility.  Recall  that  the  solubility  of  a  substance  is  the  quantity 
that  can  dissolve  in  solvent,  whereas  the  solubility-product  constant,  Kip,  is  an  equilibrium  constant. 
Plan:  We  can  approach  this  problem  by  using  our  standard  techniques  for  solving  equilibrium  problems.  We  write  the  chemical 
equation  for  the  dissolution  process  and  set  up  a  table  of  the  initial  and  equilibrium  concentrations.  We  then  use  the  equilibrium- 

CaRs) 

Ca- 

constant  expression.  In  this  case  we  know  Ks;i,  and  so  we  sok  e  for  the  concentrations  of  the  ions  in  solution. 

Solve:  Assume  initially  that  none  of 
the  salt  has  dissolved,  and  then 

allow  x  moles/liter  of  CaF2  to  disso- 
ciate completely  when  equilibrium 

is  achieved. 

2  F~(aq) 

Initial 0 0 
Change 

+x  M 
+2x  M 

Equilibrium 
xM 2xM 

The  stoichiometry  ol  the  equilibri- 
um dictates  that  2x  moles/liter  of  I 

art'  produced  for  each  x  moles/liter 
of  CaF2  that  dissolve.  We  now  use 
the  expression  for  Ks„  and  substitute 
the  equilibrium  concentrations  to 
solve  for  the  value  of  x: 

[Ca2+][F ]2  =  (x)(2x)2  =  4x3  =  3.9  x  10" 

3.9  x  10" 
2.1  x  10"4  M 
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(Remember  that  \  v  =  y  ;  to  cal- 
culate the  cube  root  of  a  number, 

you  can  use  the  i/1  function  on  your 
calculator,  with  \  !.)  ['bus,  the 
molar  solubility  of  CaFi  is 
2.1  X  10  1  mol  L.  The  mass  of  CaF2 
that  dissolves  in  w  ater  to  form  a  liter 
of  solution  is 

Check:  We  expect  a  small  number  for  the  solubility  of  a  slightly  soluble  salt.  If  we  rev  erse  the  calculation,  we  should  be  able  to  re- 

calculate Ksp:  Ksp  =  (2.1  X  10  4)(4.2  x  10  4)2  =  3.7  x  ID  n,  close  to  the  starting  value  for  Kip,  3.9  ■  10  ". 
Comment:  Because  F  is  the-  anion  of  a  weak  acid,  you  might  expect  that  the  hydrolysis  of  the  ion  would  affect  the  solubility  ol 
CaFi.  The  basicity  of  F  is  so  small  (K;,     1.5  •  10    ),  however,  that  the  hvdroh  sis  occurs  to  only  a^slight  extent  and  does  not 
significantly  influence  the  solubility.  The  reported  solubility  is  0.017  g/L  at  25°C,  in  good  agreement  with  our  calculation. 

H  PRACTICE  EXERCISE 

The  K„;,  for  LaF,  is  2  -  10      What  is  the  solubility  of  Lai7-,  in  water  in  moles  per  liter? 
Answer:  9.28  X  10  "  mol/L 

4  molCaF?\/  78.1  gCaF2  , 
1.6  ■  10  L  g  CaFVL  soln 

L  soln  A  1  mol  CaF-. 

Limitations  of  Solubility  Products 

he  concentrations  of  ions  calculated  from  K  ,;,  sometimes 
deviate  appreciably  from  those  found  experimentally.  In 

part,  these  deviations  art'  due  to  electrostatic  interactions  be- 

tween ions  in  solution,  which  can  lead  to  ion  pairs.  (See  "A 
Closer  Look"  on  colligative  properties  of  electrolyte  solutions 
in  Section  13.5.)  These  interactions  increase  in  magnitude  both 
as  the  concentrations  of  the  ions  increase  and  as  their  charges 

increase.  The  solubility  calculated  from  Kip  tends  to  be  low  un- 
less it  is  corrected  to  account  for  these  interactions  between 

ions.  Chemists  have  developed  procedures  tor  correcting  tor 

these  "ionic-strength"  or  "ionic-activity"  effects,  and  these  pro- 
cedures are  examined  in  more  advanced  chemistry  courses.  As 

an  example  of  the  effect  of  these  interionic  interactions,  consid- 
er CaCOi  (calcite),  w  hose  solubility  product,  K  M  =  4.^  •  10 

gives  a  calculated  solubility  of  h. 7  •  10  "mol  L.  Making  cor- 
rections for  the  interionic  interactions  in  the  solution  yields  a 

higher  solubility,  7.3  ■  10  'mol  L.  I  he  reported  solubility, 
however,  is  twice  as  high  ( 1.4  ■  10  4  mol  L),  so  there  must  be 
one  or  more  additional  factors  involved. 

Another  common  source  of  error  in  calculating  ion  con- 
centrations from  Ksp  is  ignoring  other  equilibria  that  occur 

simultaneous!)  in  the  solution.  It  is  also  possible,  lor  exam- 
ple, that  acid-base  equilibria  take  place  simultaneously  with 

solubility  equilibria.  In  particular,  both  basic  anions  and 
cations  with  high  charge-to-size  ratios  undergo  hydrolysis 
reactions  that  can  measurably  increase  the  solubilities 

of  their  salts.  For  example,  CaCO-s  contains  the  basic  carbon- 

ate ion  ( K'/,  =  FN  ■  10  '),  w  hich  hydrolyzes  in  water: 

CO,2  ~(aq)  +  H20(/)  HCt),  (,?</)  -  OH  (aq).  If  we  con- sider both  the  effect  of  the  interionic  interactions  in  the  solution 

and  the  effect  of  the  simultaneous  solubility  and  hydrolysis 

equilibria,  we  calculate  a  solubility  of  1.4  ■  10  4  mol/L,  in 
agreement  with  the  measured  value. 

Finally,  w  e  generally  assume  that  ionic  compounds  disso- 
ciate completely  into  their  component  ions  when  they  dis- 

solve. This  assumption  is  not  always  valid.  When  MgFi 
dissolv  es,  for  example,  it  yields  not  only  Mg  and  I  ions  but 

also  MgF '  ions  in  solution.  Thus,  we  see  that  calculating  solu- 
bility using  K_j,  can  be  more  complicated  than  it  first  appears 

and  it  requires  considerable  knowledge  of  the  equilibria  oc- 
curring in  solution. 

17.5  |  Factors  that  Affect  Solubility  

The  solubility  of  a  substance  is  affected  not  only  by  temperature  but  also  by  the 
presence  of  other  solutes.  The  presence  of  an  acid,  for  example,  can  have  a 
major  influence  on  the  solubility  of  a  substance.  In  Section  17.4  we  considered 

the  dissolving  of  ionic  compounds  in  pure  water.  In  this  section  we  examine 

three  factors  that  affect  the  solubility  of  ionic  compounds:  the  presence  of  com- 
mon ions,  the  pH  of  the  solution,  and  the  presence  of  complexing  agents.  We 

will  also  examine  the  phenomenon  of  amphoterism,  which  is  related  to  the  ef- 
fects of  both  pH  and  complexing  agents. 
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Common-Ion  Effect 

The  presence  of  either  Caz+(aq)  or  F  (aq)  in  a  solution  reduces  the  solubility  of 
CaF2,  shifting  the  solubility  equilibrium  of  CaF2  to  the  left. 

^         0    0.05  0.10  0.15  0.20 
Concentration  of 

Nat;  (mol/L) 

A  Figure  17.15   Common-ion  effect. 
The  way  in  which  NaF  concentration  affects  the 
solubility  of  CaF2  demonstrates  the  common-ion 
effect.  Notice  that  the  CaF2  solubility  is  on  a 
logarithmic  scale. 

CaF2(£ 
Ca2+(aq)  +  2  F  (aq) 

Addition  of  Ca2+  or  F  shifts 
equilibrium,  reducing  solubility 

This  reduction  in  solubility  is  another  application  of  the  common-ion  effect. 
In  general,  the  solubility  of  a  slightly  soluble  stilt  is  decreased  by 

the  presence  of  a  second  solute  that  furnishes  a  common  ion.  Figure  17.15  <  shows 
how  the  solubility  of  CaF2  decreases  as  NaF  is  added  to  the  solution.  Sample 
Exercise  17.12  shows  how  the  Ks„  can  be  used  to  calculate  the  solubility  of  a 

ilightly  soluble  salt  in  the  presence  of  a  common  ion. 

H  SAMPLE  EXERCISE  17.12  |  Calculating  the  Effect  of  a  Common  Ion  on  Solubility 

Calculate  the  molar  solubility  of  CaF2  at  25°C  in  a  solution  that  is  (a)  0.010  M  in  Ca(N03)2,  (b)  0.010  M  in  NaF. 
Solution 

Analyze:  We  are  asked  to  determine  the  solubility  of  CaF2  in  the  presence  of  two  strong  electrolytes,  each  of  which  contains  an 

ion  common  to  CaF2.  In  (a)  the  common  ion  is  Ca~  and  NO3  is  a  spectator  ion.  In  (b)  the  common  ion  is  F  and  Na+  is  a  spec- tator ion. 

Plan:  Because  the  slightly  soluble  compound  is  CaF2,  we  need  to  use  the  Ks„  for  this  compound,  which  is  available  in 
.Appendix  D: 

[Ca^lJF  f  =  3.9  x  10 
1 1 

The  value  ofKs„  is  unchanged  by  the  presence  of  additional  solutes.  Because  of  the  common-ion  effect,  however,  the  solubility  of  the  salt 
will  decrease  in  the  presence  of  common  ions.  We  can  again  use  our  standard  equilibrium  techniques  of  starting  with  the  equa- 

tion for  CaF2  dissolution,  setting  up  a  table  of  initial  and  equilibrium  concentrations,  and  using  the  /Cs„  expression  to  determine 
the  concentration  of  the  ion  that  comes  only  from  CaF2. 

Solve:  (a)  In  this  instance  the  initial 
CaF,( 

concentration  of  Ca  is  0.010  M  be- 
cause of  the  dissolved  Ca(NCh)2: 

Substituting  into  the  solubility- 
product  expression  gives 

This  would  be  a  messv  problem  to 
soke  exactly  but  fortunately  it  is 
possible  to  simplify  matters  greatly 
Even  without  the  common-ion  ef- 

fect, the  solubility  of  CaF2  is  very 
small.  Assume  that  the  0.010  M  con- 

centration of  Ca  from  Ca(NO:s)2  is 
very  much  greater  than  the  small 
additional  concentration  resulting 
from  the  solubility  of  CaF2:  that  is,  x 
is  small  compared  to  0.010  M,  and 
0.010  +  .v  -  0.010.  We  then  have 

Ca"  (aq) 2  F~(aq) 

Initial 0.010  M 0 
Change 

-xM 

+xM +2xM 

Equilibrium 
(0.010  +  .v )  M 

2.x  M 

Ksp  =  3.9  x  10"11  =  [Ca^PT  =  (0.010  +  x)(2x)2 

3.9  x  10" 

(0.010)(2.v; 

3.9  X  1Q~': 

4(0.010) 

=  9.8  X  10" 

9.8  X  10~10  =  3.1  x  10~s  M 

I  he  very  small  value  lor  \  validates  the  simplifying  assumption  we  have  made.  Our  calculation  indicates  that  3.1  x  10  ?  mol  of 
solid  CaF2  dissolves  per  liter  of  the  0.010  M  Ca(NO^)2  solution. 
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(b)  In  this  case  the  common  ion 
is  F  ,  and  at  equilibrium  we  have 

Assuming  that  2x  is  small  compared 
to  0.010  M  (that  is,  0.010  +  2.v  - 
0.010),  we  have 

Thus,  3.9  x  10  7  mol  of  solid  CaF2  should  dissolve  per  liter  of  0.010  Al  NaF  solution. 

Comment:  The  molar  solubility  of  CaF2  in  pure  water  is  2. 1  •  10  4  M  (Sample  Exercise  17. 1 1 ).  By  comparison,  our  calculations  above 
show  that  the  solubility  of  CaF2  in  the  presence  of  0.010  M  Or'  is  3.1  -   10  'Al,  and  in  the  presence  of  0.010  Al  F    ion  it  is 
3.9  x  10  7  M.  Thus,  the  addition  of  either  Ca2"1  or  F  to  a  solution  of  CaF2  decreases  the  solubility.  However,  the  effect  of  F  onthesol- 
ubility  is  more  pronounced  than  that  ot  Or  because  |l    |  appears  to  the  second  power  in  the  k ...  expression  for  CaF2,  whereas  Ca 
appears  to  the  first  power. 

Mi  PRACTICE  EXERCISE 

The  value  for  JO,  tor  manganese(II)  hydroxide,  Mn(OH)2,  is  1.6  x  10  1  \  Calculate  the  molar  solubility  of  \ln(OH):  in  a  solution that  contains  0.020  M  NaOll. 

Answer:  4.0  X  10  111  A/1 

[Ca2+]  =  x    and    [F  ]  =  0.010  +  2.v 

=  v( 

3.9  X  10  11 

 —  =  3.9  X  10  '  M 

(0.010)- 

Solubility  and  pH 

The  solubility  of  any  substance  whose  anion  is  basic  will  be  affected  to  some  ex- 
tent by  the  pH  of  the  solution.  Consider  VlgfOFl )2 ,  for  example,  for  which  the 

solubility  equilibrium  is 

Mg(OF1)2(s)  Mg/+0?(/)  4  2  OH  (nq)    Ks/,  =  l.S  •   10  11  [17.17] 

A  saturated  solution  of  Vlg(OH)2  has  a  calculated  pi  1  of  10. ^2  and  contains 

[Mg2+]  =  1.7  X  10  4  M.  Now  suppose  that  solid  Mg(OH)2  is  equilibrated  with 
a  solution  buffered  at  a  more  acidic  pH  of  9.0.  The  pOH,  therefore,  is  5.0,  so 

[OFT]  =  1.0  •  10  \  Inserting  this  value  for  [OH  |  into  the  solubility-product 
expression,  we  have 

Ksp  =  [Mg2  |[OH  I2  =  1.8  X  10  11 

[Mg2+](1.0  •  10  T  =  1.8  x  10  11 

1.8  <  10  11 [Mg-f]  =   r  =  0.18  M 
(1.0  X  10  5y 

Thus,  Mg(OH)2  dissolves  in  the  solution  until  [lvlg2'|  =  0.18  M.  It  is  apparent 
that  Mg(OH)2  is  quite  soluble  in  this  solution.  If  the  concentration  of  OH  was  re- 

duced even  further  bv  making  the  solution  more  acidic,  the  Mg  concentration 
would  have  to  increase  to  maintain  the  equilibrium  condition.  Thus,  a  sample  of 
Mg(OH)2  will  dissolve  completely  if  sufficient  acid  is  added  (Figure  17.16  ►). 

The  solubility  of  almost  any  ionic  compound  is  affected  if  the  solution  is 
made  sufficiently  acidic  or  basic.  The  effects  are  very  noticeable,  however,  only 
when  one  or  both  ions  involved  are  at  least  moderately  acidic  or  basic.  The 

metal  hydroxides,  such  as  Mg(OH)2,  are  examples  of  compounds  containing  a 
strongly  basic  ion,  the  hydroxide  ion. 

As  we  have  seen,  the  solubility  of  Mg(OH)2  greatly  increases  as  the  acidity 

of  the  solution  increases.  The  solubility  of  CaF2  increases  as  the  solution  be- 
comes more  acidic,  too,  because  the  F  ion  is  a  weak  base;  it  is  the  conjugate  base 

of  the  weak  acid  HF.  As  a  result,  the  solubility  equilibrium  of  CaF2  is  shifted  to 
the  right  as  the  concentration  of  F   ions  is  reduced  by  protonation  to  form  HF. 
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SOLUBILITY  AND  pH 

The  solubility  of  a  substance  whose  anion  is  basic  will  be  affected  to  some  extent  by  the  pH  of  the  solution. 
The  solubility  of  M$(OH)2  greatly  increases  as  the  acidity  of  the  solution  increases. 

2  H~(aq)  +  Mg(OH)2(s) 

A  precipitate  of  j 
Mg(OH)2(s) 

The  precipitate  dissolves  J 
upon  addition  of  acid. 

Mg"  + (<?(/)  +  2H20(/) 

A  sample  of  Mg(OH)2  will 
dissi  ilve  ci  impleteh  it 

sufficient  acid  is  added. 

A  Figure  17.16  Dissolution  of  a  precipitate  in  acid.  (A  white  precipitate  of  Mg(OH)2(s)  in  contact 
with  its  saturated  solution  is  in  the  test  tube  on  the  left.  The  dropper  poised  above  the  solution 
surface  contains  hydrochloric  acid.  (The  anions  accompanying  the  acid  have  been  omitted  to 
simplify  the  art.)) 

Thus,  the  solution  process  can  be  understood  in  terms  of  two  consecutive 
.J  ANIMATION 

4*    Dissolution  of  Mg(  OH )2  by  Acid  reactions. 

CaF2(s)         Ca2></)  +  2V~(aq)  [17.18] 

F  (aq)  +  H'(aq)          HF(aq)  [17.19] 
The  equation  for  the  overall  process  is 

CaF2(s)  +  2  H "(aq)         Ca2+(aq)  +  2  H¥(aq)  [17.20] 



17.5         Factors  that  Affect  Solubility 
747 

1      CHEMISTRY  AND  LIFE  |  Sinkholes 

A principal  cause  of  sinkholes  is  the  dissolution  of  lime- 
stone, which  is  calcium  carbonate,  by  groundwater.  Al- 

though CaCO^  has  a  relatively  small  solubilitv-product 
constant,  it  is  quite  soluble  in  the  presence  of  acid. 

CaC03(s)  =^  Ca2>(/)  +  C032~(aq)       K$p     4.5  x  10  9 
Rainwater  is  naturally  acidic,  with  a  pi  I  range  of  5  to  6,  and 
can  become  more  acidic  when  it  comes  into  contact  with  de- 

caying plant  matter.  Because  carbonate  ion  is  the  conjugate 
base  of  the  weak  acid,  hydrogen  carbonate  ion  (HCCh  ),  it 
readily  combines  with  hydrogen  ion. 

CO-r  (aq)  +  H '((/</)  ►  HC03  {aq) 
The  consumption  of  carbonate  ion  shifts  the  dissolution 

equilibrium  to  the  right,  thus  increasing  the  solubility  of 

CaCOv  This  can  have  profound  consequences  in  areas  where 
the  terrain  consists  of  porous  calcium  carbonate  bedrock  co\  - 
ered  by  a  relatively  thin  layer  of  clay  and /or  topsoil.  As  acidic 

water  percolates  through  and  gradually  dissolves  the  lime- 
stone, it  creates  underground  voids.  A  sinkhole  results  when 

the  overlying  ground  can  no  longer  be  supported  by  the  re- 
maining bedrock  and  collapses  into  the  underground  ca\  itv 

[Figure  17.17(a)  ▼].  Sinkholes  are  one  of  a  \  ariety  of  geologic 
features  known  as  knrtt  landforms.  Other  karst  landforms, 

also  caused  by  the  dissolution  of  bedrock  by  groundwater,  in- 
clude caves  and  underground  streams.  The  sudden  formation 

of  large  sinkholes  can  pose  a  serious  threat  to  life  and  proper- 
ty [Figure  17.17(b)).  I  he  existence  of  deep  sinkholes  also  in- 

creases the  risk  of  contamination  of  the  aquifer. 

A 

Water  table 

Unconfined 

aquifer 
Confining  unit 

Sand 

Clay 

Confined 

aquifer 
Porous 

limestone 

c 

▲  Figure  17.17   Sinkhole  formation,  (a)  The  sequence  A   >  B   >  C  shows  how  a  sinkhole  forms.  An  underground 
void  develops  as  limestone,  CaC05(s),  dissolves.  Collapse  of  the  overlying  ground  into  an  underground  cavity  causes  sinkhole 
formation,  (b)  The  large  sinkhole  shown  here  has  destroyed  several  buildings  and  part  of  a  highway. 
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PH 

▲  Figure  17.18  The  effect  of  pH  on  the 
solubility  of  CaF2.  The  solubility  increases  as 
the  solution  becomes  more  acidic  (lower  pH). 
Notice  that  the  vertical  scale  has  been  multiplied 

by  103. 

Figure  17.18     shows  how  the  solubility  of  CaF2  changes  with  pH. 

Other  salts  that  contain  basic  anions,  such  as  C032  ,  P043  ,  CN  ,  or  S2~, 
behave  similarly.  These  examples  illustrate  a  general  rule:  The  solubility  of  slight- 

ly soluble  sails  containing  basic  unions  increases  as  (H  f  ]  increases  (as  pH  is  lowered). 
The  more  basic  the  anion,  the  more  the  solubility  is  influenced  by  pH.  Salts 
with  anions  of  negligible  basicity  (the  anions  of  strong  acids)  are  unaffected  by 

pH  changes. 

Hi  SAMPLE  EXERCISE  17.13  |  Predicting  the  Effect  of  Acid  on  Solubility 

Which  of  the  following  substances  will  be  more  soluble  in  acidic  solution  than  in 
basic  solution:  (a)  Ni(OH)2(s),  (b)  CaC03(s),  (c)  BaF2(s),  (d)  AgCl(s)? 

Solution 

Analyze:  The  problem  lists  four  sparingly  soluble  salts,  and  we  arc  asked  to  deter- 
mine which  will  be  more  soluble  at  low  pH  than  at  high  pH. 

Plan:  Ionic  compounds  that  dissociate  to  produce  a  basic  anion  will  be  more  soluble 
in  acid  solution. 

Solve:  (a)  Ni(OH)2(s)  will  be  more  soluble  in  acidic  solution  because  of  the  basicity 

of  OH ";  the  H  '  ion  reacts  with  the  OH    ion,  forming  water. 

Ni(OH)2(s)  bii2+(aq)  +  2  OH  (aq) 

2  OH  ̂ j)  +  2  H+(aq)         2  H2Q(/)  

Overall:    Ni(OH)2(s)  +  2H  (aq)  Ni2 '  {aq)  +  2H20(Z) 

(b)  Similarly,  CaCO^(s)  dissolves  in  acid  solutions  because  CO}2-  is  a  basic anion. 

CaC03(s)         Ca2Vj)  +  C032~(aq) 
C032  (aq)  +  2H+(iK|)  H2C03(a^) 

 H2C03(flq)   *  CQ2(g)  +  H2Q(f) 

Overall:    CaC03(s)  +  2  H^(aq)   >  Ca2*(mj)  +  C02(g)  +  H20(/) 

The  reaction  between  C0^2~  and  H*  occurs  in  a  stepwise  fashion,  first  forming 
HCO3  .  H2C03  forms  in  appreciable  amounts  only  when  the  concentration  of  H+  is sufficiently  high. 

(c)  The  solubility  of  BaF2  is  also  enhanced  by  lowering  the  pH,  because  F~  is  a basic  anion. 

BaF2(s)  =^  Ba2+(«<7)  +  2¥~(nq) 
2  F~(aq)  +  2  H+(aq)         2  HF(aq)  

Overall:    BaF2(s)  +  2H+(aq)   »  Ba2"(mr)  +  2H¥(aq) 
(d)  The  solubility  of  AgCl  is  unaffected  by  changes  in  pH  because  CP  is  the 

anion  of  a  strong  acid  and  therefore  has  negligible  basicity. 

Oi  PRACTICE  EXERCISE 

Write  the  net  ionic  equation  for  the  reaction  of  the  following  copper(Il)  compounds 
with  acid:  (a)  CuS,  (b)  Cu(N3)2. 

Answers:  (a)  CuS(s)  +  H+(aq)         Cu2+ (aq)  +  HS~  (aq) 
(b)  Cu(N3)2(s)  +  2H+(<?</)         Cu2*(/?,/)  +  2HN3(aq) 

Formation  of  Complex  Ions 

A  characteristic  property  of  metal  ions  is  their  ability  to  act  as  Lewis  acids,  or 

electron-pair  acceptors,  toward  water  molecules,  which  act  as  Lewis  bases, 
or  electron-pair  donors.  Lewis  bases  other  than  water  can 

also  interact  with  metal  ions,  particularly  with  transition-metal  ions.  Such  in- 
teractions can  dramatically  affect  the  solubility  of  a  metal  salt.  AgCl,  for  exam- 

ple, which  has  Ks;,  =  1.8  X  10~10,  will  dissolve  in  the  presence  of  aqueous 
ammonia  because  Ag  *  interacts  with  the  Lewis  base  NH3,  as  shown  in 
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FORMATION  OF  COMPLEX  IONS 

Lewis  buses  can  interact  with  metal  ions,  particularly  with  transition-metal  ions,  which  can 
dramatically  affect  the  solubility  of  a  metal  salt.  AgCl,  for  example,  will  dissolve  in  the  presence 

of  aqueous  ammonia  because  Ag  '  interacts  with  the  Lewis  base  NH?. 

AgCT(s 
A  saturated  solution  ol  Ag(  I  in 

contact  with  solid  AgCl. 

\l  I 

2  NT-b>/) 

When  concentrated  ammonia  is  added, 
1  ions  are  consumed  in  the 

formation  ol  the  complex  ion 
AK(NHO:    The  AgCl  solid  is  being 
dissolx  ed  by  the  addition  of  \l  I 

Ag(NH-t) 

CI  (/?</) 

Removal  ol  Ag   ions  from  the 
solution  shilts  the  dissolution 

equilibrium  to  the  right,  causing  A^C  I 
to  dissoh  e  Addition  ol  sufficient 
ammonia  results  in  complete 
dissolution  of  the  AgCl  solid. 

▲  Figure  17.19   Using  UH^aq)  to  dissolve  AgCI(s). 

Figure  17.19  ▲.  This  process  can  be  viewed  as  the  sum  of  two  reactions,  the  dis- 
solution of  AgCl  and  the  Lewis  acid-base  interaction  between  Ag    and  NH^. 

AgCl(s)  Ag  '(aq)  +  CI  (aq)  [17.21] 

AgV/)  +  2NH^i?)  ̂ =  Ag(NH3)2+(^j)  [1 7.22] 

Overall:    AgCl(s)  t  2  NH3(a<?)  Ag(NLh)2V?)  +  CI  (aq)  117.23] 
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CHEMISTRY  AND  LIFE  |  Tooth  Decay  and  Fluoridation 

Tooth  enamel  consists  mainly  of  a  mineral  called  hydroxy- 
apatite,  Ca  |0(PO4)6(OH)2.  It  is  the  hardest  substance  in  the 

body.  Tooth  cavities  are  caused  when  acids  dissolve  tooth 
enamel. 

Ca10(PO4)6(OH)2(s)  +  HH  (aq)   » 

10Ca:Vj)  +  6HP042  (aq)  +  2  H20(/) 

The  resultant  Ca-*  and  HP04~  ions  diffuse  out  of  the  tooth 
enamel  and  are  washed  away  by  saliva.  The  acids  that  attack 

the  hvdroxyapatite  are  formed  by  the  action  of  specific  bacte- 
ria on  sugars  and  other  carbohydrates  present  in  the  plaque 

adhering  to  the  teeth. 
Fluoride  ion,  present  in  drinking  water,  toothpaste,  and 

other  sources,  can  react  with  hydroxyapatite  to  form  fluoroap- 
atite,  Ca  ]o(P04)hF2  •  This  mineral,  in  which  F  has  replaced 
OFT,  is  much  more  resistant  to  attack  by  acids  because  the  flu- 

oride ion  is  a  much  weaker  Bronsted-Lowry  base  than  the  hy- 
droxide ion. 

Because  the  fluoride  ion  is  so  effective  in  preventing  cavi- 
ties, it  is  added  to  the  public  water  supply  in  many  places  to 

give  a  concentration  of  1  mg/L  (1  ppm).  The  compound 
added  may  be  NaF  or  NasSiF,,.  Na2SiF6  reacts  with  water  to 
release  fluoride  ions  by  the  following  reaction: 

SiFh-"(fl<7)  +  2  H20(/) 6  F  (mj )  +  4  H *((?(?)  +  Si02(s) 

About  80"..  of  all  toothpastes  now  sold  in  the  United 
States  contain  fluoride  compounds,  usually  at  the  level  of 
0.17..  fluoride  by  mass.  The  most  common  compounds  in 
toothpastes  are  sodium  fluoride  (NaF),  sodium  monofluo- 
rophosphate  (Na2P03F),  and  stannous  fluoride  (SnF2). 
Related  Exercise:  17.103 

The  presence  of  NH3  drives  the  top  reaction,  the  dissolution  of  AgCl,  to  the 

right  as  Ag+{nq)  is  consumed  to  form  Ag(NH3)2  +  . 
For  a  Lewis  base  such  as  NH3  to  increase  the  solubility  of  a  metal  salt,  it 

must  be  able  to  interact  more  strongly  with  the  metal  ion  than  water  does.  The 

NH3  must  displace  solvating  H20  molecules  (Sections  13.1  and  16.11)  in  order 

to  form  Ag(NH3)2+: 

Ag+{aq)  +  2  NH3((7</) Ag(NH-,)2+(fl(7) 
[17.24] 

An  assembly  of  a  metal  ion  and  the  Lewis  bases  bonded  to  it,  such  as 

Ag(NH3)2~,  is  called  a  complex  ion.  The  stability  of  a  complex  ion  in  aqueous 
solution  can  be  judged  by  the  size  of  the  equilibrium  constant  for  its  formation 

from  the  hydrated  metal  ion.  For  example,  the  equilibrium  constant  for  forma- 

tion of  Ag(NH3)2+  (Equation  17.24)  is  1.7  x  107: 

[Ag(NH3)2' 
[Ag+][NH3] 

Kf  = 

=  1.7  x  icy 
[17.25] 

The  equilibrium  constant  for  this  kind  of  reaction  is  called  a  formation 

constant,  Kf.  The  formation  constants  for  several  complex  ions  are  listed  in 
Table  17.1  T. 

TABLE  17.1    Formation  Constants  for  Some  Metal  Complex  Ions  in  Water  at  25°C 

Complex  Ion Equilibrium  Equation 

Ag(NH3)2+ 1.7  x  107 

Ag+(aq)  +  2  NH3((7I7)  =: 
Ag(NH3)2-((7«/) Ag(CN)2 

1  x  10-' 

Ag+(aq)  +  2CN~(fl<7)  =± Ag(CN)2~H) 

Ag(S203)23 
2.9  x  1013 

Ag+(aq)  +  2  S20,2"((7,/)  = -  Ag(S203)23"((7(?) 

CdBr42_
 

5  x  103 

Cd2+(aq)  +  4  Br~((7</) CdBr42"((7(/) 

Cr(OH)4- 

8  x  1024 

Cr3+ (aq)  +  4  OH~(aq)  =^ Cr(OH)4~((7,/) 

Co(SCN)42 

1  x  103 

Co2+(aq)  +  4SCN~(fl<f)  ̂ = -  Co(SCN)42"((7,7) 

Cu(NH3)424 

5  x  1012 

Cu2+(aq)  +  4  NH3(«<7) 

Cu(NH,)42*(n(7) 

Cu(CN)42 

1  x  1025 

Cu2+(aq)  +  4CN~(aq)  z=± Cu(CN)42l(7(j) 

Ni(NH3)62H 1.2  x  104 

Ni2+((7,j)  +  6  NH3(<7,/) 
Ni(NH3)62+(^) 

Fe(CN)64 

1  x  101S 

Fe2*((7</)  +  6CN~(aq) 
Fe(CN)h4-((7,/) 

Fe(CN)63 

1  x  1042 

Fe3+(«<?)  +  6CN  {aq) 

Fe(CN),3-((7,]) 
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WM  SAMPLE  EXERCISE  17.14  |  Evaluating  an  Equilibrium  Involving  a  Complex  Ion 

Calculate  the  concentration  of  Ag '  present  in  solution  at  equilibrium  when  concen- 
trated ammonia  is  added  to  a  0.010  M  solution  of  AgNO ;  to  give  an  equilibrium  con- 

centration of  [Nhh]  =  0.20  M.  Neglect  the  small  volume  change  that  occurs  w  hen 
NH3  is  added. 

Solution 

Analyze:  When  NH^nj)  is  added  to  Ag '(</(/),  a  reaction  occurs  forming  Ag(NH-,):  as 
shown  in  Equation  17.22.  We  are  asked  to  determine  what  concentration  of  Ag '  (aq)  will 
remain  uncombined  when  the  NH  concentration  is  brought  to  0.20  M  in  a  solution  orig- 

inally 0.010  M  in  AgN03 . 
Plan:  We  first  assume  that  the  AgNO-?  is  completely  dissociated  giving 

0.10  M  Ag'.  Because  K<  tor  the  formation  of  Ag(NH3)2  '  is  quite  large,  we  assume 
that  essentially  all  the  Ag  is  then  converted  to  Ag(NH3)2'  and  approach  the 
problem  as  though  we  are  concerned  with  the  dissociation  of  Ag(NH3)2~  rather than  its  formation.  In  order  to  facilitate  this  approach,  we  will  need  to  reverse  the 

equation  to  represent  the  formation  of  Ag  and  Nhh  from  Ag(NH->J2*  and  also make  the  corresponding  change  to  the  equilibrium  constant. 

Ag(NH3)2+(fl<7)  Ag  ■((/</)  +  2  NH  ,(/?</) 

—  =  =  =  5.9  x  10  8 

Kf     1.7  x  10' 

Solve:  If  [Ag*]  is 0.010 M  initially,  then  [Ag(NH3)2+]  will  be 0.010 M  following  addi- 
tion of  the  NH-,.  We  now  construct  a  table  to  solve  this  equilibrium  problem.  Note 

that  the  NH^  concentration  given  in  the  problem  is  an  equilibrium  concentration 
rather  than  an  initial  concentration. 

Ag(NH3)2 '(</</)  Ag'(rtq)        +  2NH,(ni)) 
Initial 0.010  M 0  M 

Change 

-x  M 
+x  M 

Equilibrium 0.010  -  x  M \  A! 0.20  M 

Because  the  concentration  of  Ag '  is  very  small,  we  can  ignore  x  in  comparison  with 
0.010.  Thus,  0.010  -  x  0.010  M.  Substituting  these  values  into  the  equilibrium- 
constant  expression  for  the  dissociation  of  Ag(NH3)2 1 ,  we  obtain 

[Ag+][NH3]2  (a)(0.20): 
[Ag(NH,):]  0.010 

5.9  x  10 

Solving  for  x,  we  obtain  x  =  1.5  x  10  8  .11  =  [Ag*].  Thus,  formation  of  the 
Ag(NH3)2  complex  drastically  reduces  the  concentration  of  free  Ag  ion  in  solution. 

■I  PRACTICE  EXERCISE 

Calculate  [Cr**]  in  equilibrium  with  Cr(OH)4    when  0.010  mol  of  Cr(N03)3  is  dis- solved in  a  liter  of  solution  buffered  at  pH  10.0. 
Answer:  1  X  10  16  M 

The  general  rule  is  that  the  solubility  of  metal  salts  increases  in  the  presence 

of  suitable  Lewis  bases,  such  as  NH3,  CN~,  or  OH  ,  if  the  metal  forms  a  com- 
plex with  the  base.  The  ability  of  metal  ions  to  form  complexes  is  an  extremely 

important  aspect  of  then-  chemistry.  In  Chapter  24  we  will  take  a  much  closer 
look  at  complex  ions.  In  that  chapter  and  others  we  will  see  applications  of 
complex  ions  to  areas  such  as  biochemistry,  metallurgy,  and  photography. 

Amphoterism 

Some  metal  oxides  and  hydroxides  that  are  relatively  insoluble  in  neutral  water 
dissolve  in  strongly  acidic  and  strongly  basic  solutions.  These  substances  are 

soluble  in  strong  acids  and  bases  because  they  themselves  are  capable  of 
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behaving  as  either  an  acid  or  base;  they  are  amphoteric  oxides  and  bases.  Am- 

Precipitation  Reactions  photeric  oxides  and  hydroxides  include  those  of  Al    ,  Cr    ,  Zn  ,  and  Sir  . 
Notice  that  the  term  amphoteric  is  applied  to  the  behavior  of  insoluble  oxides 
and  hydroxides  that  can  be  made  to  dissolve  in  cither  acidic  or  basic  solutions. 
The  similar  term  amphiprotic,  which  we  encountered  in  Section  16.2,  relates 

more  generally  to  any  molecule  or  ion  that  can  either  gain  or  lose  a  proton. 

These  species  dissolve  in  acidic  solutions  because  they  contain  basic  an- 
ions. What  makes  amphoteric  oxides  and  hydroxides  special,  though,  is  that 

they  also  dissolve  in  strongly  basic  solutions  (Figure  17.20  Y).  This  behavior 

AMPHOTERISM 

Metal  oxides  and  hydroxides  that  are  relative!}/  insoluble  in  neutral  water,  but  dissolve  in  both 
strongly  acidic  and  strongly  basic  solutions,  are  said  to  be  amphoteric.  Their  behavior  results 
from  the  formation  of  complex  anions  containing  several  hydroxides  bound  to  the  metal  ion. 

As  Nat  >l  I  is  added  to  a  solution  of  As  more  NaOH  is  added,  I  demonstrating  the  amphoterism 

Al*"  ,  a  precipitate  of  AI(OHh  forms,  the  AKOHh  dissolves,   j  of  the  Al(OH)3. 

▲  Figure  17.20  Amphoterism. 
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results  from  the  formation  of  complex  anions  containing  several  (typically  tour) 
hydroxides  bound  to  the  metal  ion. 

AKOHh(s)  +  OH  (aq)  =^  Al(OH)4  (aq)  [17.26] 

Amphoterism  is  often  explained  by  the  behav  ior  of  the  water  molecules 

that  surround  the  metal  ion  and  that  are  bonded  to  it  by  Lewis  acid-bast'  inter- 
actions. For  example,  Al  {aq)  is  more  accurately  represent- 

ed as  Al(HiO)(l '  (m/)  because  six  water  molecules  are  bonded  to  the  AT'  in 
aqueous  solution.  Recall  from  Section  16.11  that  this  hydrated  ion  is  a  weak 

acid.  As  a  strong  base  is  added,  AI(H20)(1  H  loses  protons  in  a  stepwise  fashion, 
eventually  forming  neutral  and  water-insoluble  Al(H2Oh(OHh.  This  sub- 

stance then  dissolves  upon  removal  of  an  additional  proton  to  form  the  anion 
Al(H20)2(OH)4  .  The  reactions  that  occur  are  as  follows: 

\\(H20)b3+(aq)  +  OH  (aq)  Al(H2Oh(OH):'(<?,/)  +  H20(/) 

Al(H2Oh(OH)2'((?<j)  +  OH  (aq)  Al(H20)4(OH)2 '  (aq)  +  H20(/) 

A1(H20)4(0H)2+H)  *  OH  (aq)  =  Al(H20)3(OH)3(s)  +  H20(/) 

Al(H20)3(OH)3(s)  +  OH  (aq)  Al(H20)2(OH)4  (aq)  +  H20(/) 

Removing  additional  protons  is  possible,  but  each  successive  reaction  oc- 
curs less  readily  than  the  one  before.  As  the  charge  on  the  ion  becomes  more 

negative,  it  becomes  increasingly  difficult  to  remove  a  positively  charged 
proton.  Addition  of  an  acid  rev  erses  these  reactions.  The  proton  adds  in  a 

stepwise  fashion  to  convert  the  OH  groups  to  H20,  eventually  re-forming 

A1(H20)(1,+  .  The  common  practice  is  to  simplify  the  equations  for  these  reac- 
tions by  excluding  the  bound  H20  molecules.  Thus,  we  usually  write  Ah 

instead  of  A1(H20)63+,  Al(OH)3  instead  of  Al(H20)3(OH)3/  AI(OH)4  instead 
of  Al(H20)2(OH)4  ,  and  so  forth. 

The  extent  to  which  an  insoluble  metal  hydroxide  reacts  with  either  acid  or 

base  varies  with  the  particular  metal  ion  involved.  Many  metal  hydroxides — 
such  as  Ca(OH)2,  Fe(OH)2,  and  FefOHh — are  capable  of  dissolving  in 
acidic  solution  but  do  not  react  with  excess  base.  These  hydroxides  are  not 

amphoteric. 
The  purification  of  aluminum  ore  in  the  manufacture  of  aluminum  metal 

provides  an  interesting  application  of  the  property  of  amphoterism.  As  we  have 
seen,  Al(OH)i  is  amphoteric,  whereas  Fe(OH)3  is  not.  Aluminum  occurs  in 

large  quantities  as  the  ore  bauxite,  which  is  essentially  Al20-s  with  additional 
water  molecules.  The  ore  is  contaminated  with  Fe20-,  as  an  impurity.  When 

bauxite  is  added  to  a  strongly  basic  solution,  the  A120-?  dissolves  because  the 
aluminum  forms  complex  ions,  such  as  Al(OH)4  .  The  Fe20^  impurity,  howev- 

er, is  not  amphoteric  and  remains  as  a  solid.  The  solution  is  filtered,  getting  rid 
of  the  iron  impurity.  Aluminum  hydroxide  is  then  precipitated  by  addition  of 
acid.  The  purified  hydroxide  receives  further  treatment  and  eventually  yields 
aluminum  metal. 

Q    GIVE  IT  SOME  THOUGHT 

What  kind  of  behavior  characterizes  an  amphoteric  oxide  or  an  amphoteric 
hydroxide? 
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17.6  |  Precipitation  and  Separation  of  Ions  

Equilibrium  can  be  achieved  starting  with  the  substances  on  either  side  of  a 

chemical  equation.  The  equilibrium  among  BaS04(s),  Ba2~(aq),  and  S042  (aq) 
(Equation  17.15)  can  be  achieved  starting  with  solid  BaS04.  It  can  also  be 

reached  starting  with  solutions  of  salts  containing  Ba2+  and  S042~,  say  BaCl2 
and  Na2S04.  When  these  two  solutions  are  mixed,  BaS04  will  precipitate  if  the 

product  of  the  initial  ion  concentrations,  Q  =  [Ba2+][S042  ],  is  greater  than 
The  use  of  the  reaction  quotient,  Q,  to  determine  the  direction  in  which  a  re- 

action must  proceed  to  reach  equilibrium  was  discussed  earlier. 

15.5)  The  possible  relationships  between  Q  and  K^,  are  summarized  as  follows: 

If  Q  >  Ks„,  precipitation  occurs  until  Q  =  Ks„. 

If  Q  =  Ks„,  equilibrium  exists  (saturated  solution). 

If  Q  <  KSp,  solid  dissolves  until  Q  =  Ksp. 

mm  SAMPLE  EXERCISE  17.15  |  Predicting  Whether  a  Precipitate  Will  Form 

Will  a  precipitate  form  when  0.10  L  of  8.0  x  10~3  M  Pb(N03)2  is  added  to  0.40  L  of  5.0  X  10~3  M  Na2S04? 
Solution 
Analyze:  The  problem  asks  us  to  determine  whether  a  precipitate  will  form  when  two  salt  solutions  are  combined. 
Plan:  We  should  determine  the  concentrations  of  all  ions  immediately  upon  mixing  of  the  solutions  and  compare  the  value  of  the 

reaction  quotient,  Q,  to  the  solubility-product  constant,  Ksp,  for  any  potentially  insoluble  product.  The  possible  metathesis  products 
are  PbS04  and  NaNC>3.  Sodium  salts  are  quite  soluble;  PbS04  has  a  Ksp  of  6.3  X  10    (Appendix  D),  however,  and  will  precipitate 

if  the  Pb~+  and  S04"~  ion  concentrations  are  high  enough  for  Q  to  exceed  Ks„  for  the  salt. 
Solve:  When  the  two  solutions  are 
mixed,  the  total  volume  becomes 
0.10  L  +  0.40  L  =  0.50  L.  The  num- 

ber of  moles  of  Pb2+  in  0.10  L  of 
3.0  x  10"3  M  Pb(N03)2  is 

The  concentration  of  Pb2+  in  the 
0.50-L  mixture  is  therefore 

The  number  of  moles  of  S042~  in 
0.40  Lot 5.0  x  10~3  M  Na2S04  is 

Therefore,  [S042~]  in  the  0.50-L  mix- ture is 

We  then  have 

Because  Q  >  Ks„,  PbS04  will  precipitate. 

Hi  PRACTICE  EXERCISE 

Will  a  precipitate  form  when  0.050  L  of  2.0  x  10~2  M  NaF  is  mixed  with  0.010  L  of  1.0  x  10~2  M  Ca(N03)2? 
Answer:  Yes,  CaF2  precipitates  because  Q  =  4.6  X  10~8  is  larger  than /(Sf,  =  3.9  x  10~n 

(0.10  L)  8.0  X  10 ,  mol  \ ^—    =  8.0  x  10"4 
L  / 

mol 

[Pb 

8.0  x  10  4  mol     „  ,      ,    ,  w 2+1  ~-    =  1.6  X  10  M 
0.50  L 

(0.40  L)(  5.0  x  10~3 

mol\ 

L  / 

2.0  x  10_3mol        „  -  „ 

[SG4-  ]  =  — -Q5or-  =  4.0  x  10  >M 

Q  =  [Pb2+][S042~]  =  (1.6  X  10"3)(4.0  x  10"3) 

6.4  x  10" 

Selective  Precipitation  of  Ions 

Ions  can  be  separated  from  each  other  based  on  the  solubilities  of  their  salts. 

Consider  a  solution  containing  both  Ag+  and  Cu2+.  If  HC1  is  added  to  the  solu- 

tion, AgCl  (Ksp  =  1.8  X  1CT10)  precipitates,  while  Cu2+  remains  in  solution  be- cause C11O2  is  soluble.  Separation  of  ions  in  an  aqueous  solution  by  using  a 

activity  reagent  that  forms  a  precipitate  with  one  or  a  few  of  the  ions  is  called  selective 
Selective  Precipitation  of  Ions  .  .,  ,  • v  precipitation. 
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IH  SAMPLE  EXERCISE  17.16  |  Calculating  Ion  Concentrations  for  Precipitation 

A  solution  contains  1.0  x  10-2  M  Ag+  and  2.0  x  10  2  M  Pb2+.  When  CI  is  added  to  the  solution,  both  AgCl  {Kip  =  1.8  ■  10  ll 
and  PbCb  (/C,>,  =  1.7  x  10  5)  precipitate  from  the  solution.  What  concentration  of  CI   is  necessary  to  begin  the  precipitation  of 
each  salt?  Which  salt  precipitates  first? 

Solution 
Analyze:  We  are  asked  to  determine  the  concentration  of  CI  necessary  to  begin  the  precipitation  from  a  solution  containing  Ag 

and  Pb~"  ions,  and  to  predict  which  metal  chloride  will  begin  to  precipitate  first. 
Plan:  We  are  given  Ks;,  values  for  the  two  possible  precipitates.  Using  these  and  the  metal  ion  concentrations,  we  can  calculate 
what  concentration  of  CI  ion  would  be  necessary  to  begin  precipitation  of  each.  The  salt  requiring  the  lower  CI  ion  concentra- 

tion will  precipitate  first. 

Solve:  For  AgCl  we  have  K       [Ag  |[C1  ]  -  1.8  ■  10  10 

Because  [Ag  ]  =  1.0  x  10  2  M,  the 
greatest  concentration  of  CI    that  KS;J  =  [1.0  x  10  2|[CI  ]  =  1.8  ■  10  10 
can  be  present  without  causing  pre-  ,  [0 

cipitation  of  AgCl  can  be  calculated  iq  j  =       x    =  1  $  x  10  8  M from  the  K„„  expression:  1.0  <  10 

Any  CP  in  excess  of  this  very  small  KSf,  =  |Pb*'][Cl "]  =  1.7  ■  10  5 concentration  will  cause  AgCl  to  _  _ 

precipitate  from  solution.  Proceed-  I2  0  x  10  "HC1  1"  =  17  x  10 
ing  similarly  for PbCl2,  we  have  17  in-s 

[CI  p  =  17  X  10    =  8.5  x  10~4 
2.0      10  " 

[CI  ]  =  V8.5  X  10  4  =  2.9  x  10  2  M 

Thus,  a  concentration  of  CI   in  excess  of  2.9  -   10  ~  A!  will  cause  PbCb  to  precipitate. 
Comparing  the  concentrations  of  CI   required  to  precipitate  each  salt,  we  see  that  as  CI   is  added  to  the  solution,  AgCl  will  pre- 

cipitate first  because  it  requires  a  much  smaller  concentration  of  CI  .  Thus,  Ag  can  be  separated  from  Pb~"  by  slowly  adding  CI 
so  [CP]  is  between  I  S  •   10s  M  and  2>)  ■   10  2  M. 

m  PRACTICE  EXERCISE 

A  solution  consists  of  0.050  M  Mg2'  and  0.020  M  Cu2+.  Which  ion  will  precipitate  first  as  OH  is  added  to  the  solution1  What  concen- 
tration of  OH  is  necessary  to  begin  the  precipitation  of  each  cation1  [Ks(,  =  l.S  ■  10  11  for  ,\lg(OI  and  Ks„  =  2.2  X  10  20  for 

Cu(OH)2.] 

Answer:  Cu(OH):  precipitates  first.  Cu(OH)2  begins  to  precipitate  when  [OH  |  exceeds  1.0  ■  10  "  M;  Mg(OH):  begins  to  pre- 
cipitate when  [OH  [exceeds  1.9  •  10  1  M. 

Sulfide  ion  is  often  used  to  separate  metal  ions  because  the  solubilities  ot 
sulfide  salts  span  a  wide  range  and  depend  greatly  on  the  pi  I  of  the 
solution.  Cu  and  Zn  ,  for  example,  can  be  separated  by  bubbling  ll:S  gas 

through  an  acidified  solution.  Because  CuS  (Ks„  —  6  X  10  )  is  less  soluble 

than  ZnS  (Ks„  =  2  x  10  ),  CuS  precipitates  from  an  acidified  solution 
(pH  =  1)  while  ZnS  does  not  (Figure  17.21  ►): 

Cu2+(aq)  +  H2S(aq)         CuS(s)  +  2H+(aq)  |17.27] 

The  CuS  can  be  separated  from  the  Zn~*  solution  by  filtration.  The  (_  tiS  can 
then  be  dissolved  by  using  a  high  concentration  of  H  ,  shifting  the  equilibrium 
shown  in  Equation  17.27  to  the  left. 

Q    GIVE  IT  SOME  THOUGHT 

What  experimental  conditions  will  leave  the  smallest  concentration  of  Cu2   ions  in 
solution  according  to  Equation  17.27? 
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SELECTIVE  PRECIPITATION  OF  IONS 

Separation  of  ions  in  an  aqueous  solution  by  using  a  reagent  that  forms 
a  precipitate  with  one  or  a  few  of  the  ions  is  called  selective  precipitation. 

A  Figure  17.21   Selective  precipitation. 

Identification  of  Cdtions  in  Solution 

17.7  |  Qualitative  Analysis  for  Metallic  Elements  

In  this  chapter  we  have  seen  several  examples  of  equilibria  involving  metal 
ions  in  aqueous  solution.  In  this  final  section  we  look  briefly  at  how  solubility 

equilibria  and  complex-ion  formation  can  be  used  to  detect  the  presence  of  par- 
ticular metal  ions  in  solution.  Before  the  development  of  modern  analytical  in- 

strumentation, it  was  necessary  to  analyze  mixtures  of  metals  in  a  sample  by 

so-called  wet  chemical  methods.  For  example,  a  metallic  sample  that  might 
contain  several  metallic  elements  was  dissolved  in  a  concentrated  acid  solution. 

This  solution  was  then  tested  in  a  systematic  way  for  the  presence  of  various 
metal  ions. 

Qualitative  analysis  determines  only  the  presence  or  absence  of  a  particu- 
lar metal  ion,  whereas  quantitative  analysis  determines  how  much  of  a  given 

substance  is  preseni  Wet  methods  ol  qualitative  analysis  have  become  less  im- 
portant as  a  means  of  analysis.  They  are  frequently  used  in  general  chemistry 

laboratory  programs,  however,  to  illustrate  equilibria,  to  teach  the  properties  of 
common  metal  ions  in  solution,  and  to  develop  laboratory  skills.  Typically,  such 

analyses  proceed  in  three  stages:  (1)  The  ions  are  separated  into  broad  groups 



17.7 
Qualitative  Analysis  for  Metallic  Elements  S" 

on  the  basis  of  solubility  properties. 

(2)  The  individual  ions  within  each  group 

are  then  separated  by  selectively  dissolv- 
ing members  in  the  group.  (3)  The  ions  are 

then  identified  by  means  of  specific  tests. 
A  scheme  in  general  use  divides  the 

common  cations  into  five  groups,  as 

shown  in  Figure  17.22  ►.  I  he  order  ol  ad- 
dition of  reagents  is  important.  The  most 

selective  separations — those-  that  involve 
the  smallest  number  of  ions — are  carried 
out  first.  The  reactions  that  are  used  must 

proceed  so  far  toward  completion  that  any 
concentration  of  cations  remaining  in  the 
solution  is  too  small  to  interfere  with  sub- 

sequent tests.  Let's  take  a  closer  look  at 
each  of  these  five  groups  of  cations,  briefly 

examining  the  logic  used  in  this  qualita- 
tive analysis  scheme. 

Ag+,  Pb-\  Hg2 

2+ 
Cu2+,  Bi3+,  Cd2+,  Pb2\  Hg2+,  H2AsGy,  AsCy1",  Sb,+,  Sn2+,  Sn 

4+ AP+,  Fe2+,  Fe ■M,  Co2+,  Ni2+,  Cr3+,  Zn2+,  Mn2+ 

Ba2\  Ca2+,  Mg2+ 
Na+,  K\  NH4+ 

Add  6M  IK  1 

Precipitate  |~ / / 

Croup  1 — Insoluble chlorides:  AgCl, 

Hg2Cl2/  PbCl2 
Remaining  cations 

I  'ret  ipitate 

Insoluble  chlorides:  ( )f  the 

metal  ions,  only  Ag  ,  Hg2 

common 

and  Pb2' 

form  insoluble  chlorides.  When  dilute 
HC1  is  added  to  a  mixture  of  cations, 

therefore,  only  AgCl,  HgiCh,  and 
PbCb  will  precipitate,  leaving  the  other 
cations  in  solution.  The  absence  of  a 

precipitate  indicates  that  the  starting  so- 

/ 

Group  2 — Acid-insoluble 
sulfides:  CuS,  Bi2S3,  CdS, 

PbS,  HgS,  As2S3,  Sb2S3,  SnS2 

Add  I  I  S 
I). 2  A!  HCI 

Remaining  cations 

'recipitate 

/ 

Add  (NH4)->S, 

pH8 

or 
Group  3 — Base-insoluble  sulfides 
and  hydroxides:  Al(OH)3,  Fe(OH)3, 

Cr(OH)3,  ZnS,  NiS,  CoS,  MnS 
2. 

Precipitate 
/ 

Group  4 — insoluble 
phosphates:  Ba3(P04K 
Ca3(P04)2,  MgNH4P04 

lution  contains  no  Ag  ' ,  Hg^" 
Acid-insoluble  sulfides:  After  any  insol- 

uble chlorides  have  been  removed,  the 

remaining  solution,  now  acidic,  is  treat- 
ed with  HiS.  Only  the  most  insoluble 

metal  sulfides— CuS,  Bi2S3,  CdS,  PbS, 

HgS,  AS2S3,  SbiS-,,  and  SnS2 — can  pre- 
cipitate. (Note  the  very  small  values  of 

Kg,,  for  some  of  these  sulfides  in 

Appendix  D.)  Those  metal  ions  whose  sulfides  are  somewhat  more  soluble — 
for  example,  ZnS  or  NiS — remain  in  solution. 

Base-insoluble  sulfides  and  hydroxides:  After  the  solution  is  filtered  to  remove  any 
acid-insoluble  sulfides,  the  remaining  solution  is  made  slightly  basic,  and 
(NH4)2S  is  added.  In  basic  solutions  the  concentration  of  S  is  higher  than  in 
acidic  solutions.  Thus,  the  ion  products  for  many  of  the  more  soluble  sulfides  are 

made  to  exceed  their  Ks„  values  and  precipitation  occurs.  The  metal  10ns  pre- 

cipitated at  this  stage  are  Ab  +  ,  Cr3+,  Fe3+,  Zn2+,  Ni2+,  Co2  +  ,  and  Mir  .  (Actu- 
ally, the  Al3+,  Fe 5+,  and  Cr  ! '  ions  do  not  form  insoluble  sulfides;  instead  they 

are  precipitated  as  insoluble  hydroxides  at  the  same  time.) 

Insoluble  phosphates:  At  this  point  the  solution  contains  only  metal  urns  from 
periodic  table  groups  1  A  and  2A.  Adding  (NH4)2HPQ4  to  a  basic  solution 

precipitates  the  group  2A  elements  Mg2 ' ,  Ca2+,  Sr2+,  and  Ba2 '  because  these 
metals  form  insoluble  phosphates. 

The  alkali  metal  ions  and  NH4 :  The  ions  that  remain  after  removing  the  in- 
soluble phosphates  form  a  small  group.  We  can  test  for  each  ion  individu- 

ally. A  flame  test  can  be  used  to  determine  the  presence  of  K  ,  for  example, 
because  the  flame  turns  a  characteristic  violet  color  if  k    is  present. 

/ 

Remaining  cations 

Add (Nl 
NIP, 

,)2HP04, 
/ 

Group  5 — Alkali  metal 

ions  and  NH4+: 
Na+,  K+,  NH4+ 

▲  Figure  17.22   Qualitative  analysis. 
A  flowchart  showing  the  separation  of  cations 
into  groups  as  a  part  of  a  common  scheme  for 
identifying  cations 

ACTIVITY 
Qualitative  Analysis 
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Q    GIVE  IT  SOME  THOUGHT 

If  a  precipitate  forms  upon  addition  of  HCI  to  an  aqueous  solution,  what  conclusions 
can  you  draw  about  the  contents  of  the  solution? 

Additional  separation  and  testing  is  necessary  to  determine  which  ions  arc 
present  within  each  of  the  groups.  Consider,  for  example,  the  ions  of  the  insoluble 
chloride  group.  The  precipitate  containing  the  metal  chlorides  is  boiled  in  water. 
The  PbCP  is  relatively  soluble  in  hot  water,  whereas  AgCl  and  Hg2CP  are  not.  The 

hot  solution  is  filtered,  and  a  solution  of  NaoCrC^  is  added  to  the  filtrate.  If  Pb2*  is 

present,  a  yellow  precipitate  of  PbCr04  forms.  The  test  for  Ag"  consists  of  treating 
the  metal  chloride  precipitate  with  dilute  ammonia.  Only  Ag+  forms  an  ammo- 

nia complex.  If  AgCl  is  present  in  the  precipitate,  it  will  dissolve  in  the  ammonia 
solution. 

AgCl(s)  +  2  NH3(fl(/)         Ag(NH3)2+(at/)  +  C\~(aq)  [17.28] 
After  treatment  with  ammonia,  the  solution  is  filtered  and  the  filtrate  made 

acidic  bv  adding  nitric  acid.  The  nitric  acid  removes  ammonia  from  solution  by 

forming  NH4  +  ,  thus  releasing  Ag  \  which  re-forms  the  AgCl  precipitate. 

Ag(NH3)2+(aq)  +  C\~(aq)  +  2H></)  AgCl(s)  +  2  NH4+(^)  [17.29] 

The  analyses  for  individual  ions  in  the  acid-insoluble  and  base-insoluble 
sulfides  are  a  bit  more  complex,  but  the  same  general  principles  are  involved. 

The  detailed  procedures  for  carrying  out  such  analyses  are  given  in  many  labo- 
ratory manuals. 

H  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

A  sample  of  1.25  L  of  HCI  gas  at  21  C  and  0.950  atm  is  bubbled  through  0.500  L  of 
0.150  M  NH  -  solution.  Assuming  that  all  the  HCI  dissolves  and  that  the  volume  of 
the  solution  remains  0.500  L,  calculate  the  pH  of  the  resulting  solution. 

Solution  The  number  of  moles  of  HCI  gas  is  calculated  from  the  ideal-gas  law. 

PV  (0.950  atm)(1.25  L) 

RT      (0.0821  L-atm/mol-K)(2L4  K) 
0.0492  mol  HCI 

The  number  of  moles  of  NH3  in  the  solution  is  given  by  the  product  of  the  volume  of 
the  solution  and  its  concentration. 

Moles  NH3  =  (0.500  L)(0.150  mol  NH3/L)  =  0.0750  mol  NH3 

The  acid  HCI  and  base  NH3  react,  transferring  a  proton  from  HCI  to  NH3,  pro- 

ducing NH4+  and  CP  ions. 

HCl(g)  +  NH3(fl^)   *  NH4+(fl(7)  +  C\-(aq) 
To  determine  the  pH  of  the  solution,  we  first  calculate  the  amount  of  each  reactant 
and  each  product  present  at  the  completion  of  the  reaction. 

Before  rxn:   0.0492  mol  0.0750  mol  0  mol  0  mol 

HC\(g)        +        NH3(aq)   •     NH4+(a^)     +  C\~(aq) After  rxn:         0  mol  0.0258  mol  0.0492  mol         0.0492  mol 

Thus,  the  reaction  produces  a  solution  containing  a  mixture  of  NH3,  NH4~,  and 
CI  .  The  NH3  is  a  weak  base  (Kb  =  1.8  x  10  ?),  NH4*  is  its  conjugate  acid,  and  CP  is 
neither  acidic  nor  basic.  Consequently,  the  pH  depends  on  [NH3]  and  [NH4"[. 0.0258  mol  NH3 

[NH-,]  =  — — —  —  =  0.0516  M 0. .-)()()  I  soln 

0.0492  mol  NH4 

[NH,  '  ]  =   H*-  =  0.0984  M '       1  1         0.500  L  soln 
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We  can  calculate  the  pH  using  either  K'(,  for  Nhh  or  Ka  for  NIH4  .  Using  the  K  ex- 
pression, we  have 

NH -,(<?(/)       +    H20(/)  =^    NH4>())        +  OH  (aq) 

Initial 0.05!.%  Al 0.0MS4  A! 0 

Change 

-x  M 
+  .v  M +x  M 

Equilibriu  m (0.0516  -  ,v)  M (0.0984  -  v)  A J 
x  M 

|N!H4"][OH  ]  _  (0.0984  +  x)(x)      (0.0984 )x K[,  —   .. .. .  , —  _  —     ,   — _     —  —  1.8  x  10 

x  =  [OH 

[NH3]  (0.0516  -  x) 

(0.0516)(1.8  x  10  5) 

0.0516 

9.4  X  10  6  M 0.0984 

Hence,  pOH  =  -log(9.4  x  10  6)  =  5.03  and  pi  I     14.00  -  pOH  =  14.00  -  5.03  =  8.97. 

SUMMARY  AND  KEY  TERMS 

Section  17.1  In  this  chapter  we've  considered  several 
types  of  important  equilibria  that  occur  in  aqueous  solu- 

tion. Our  primary  emphasis  has  been  on  acid-base  equi- 
libria in  solutions  containing  two  or  more  solutes  and  on 

solubility  equilibria.  The  dissociation  of  a  weak  acid  or 

weak  base  is  repressed  by  the  presence  of  a  strong  elec- 
trolyte that  provides  an  ion  common  to  the  equilibrium. 

This  phenomenon  is  called  the  common-ion  effect. 

Section  17.2  A  particularly  important  type  of  acid-base 
mixture  is  that  of  a  weak  conjugate  acid-base  pair.  Such 
mixtures  function  as  buffered  solutions  (buffers).  Addi- 

tion of  small  amounts  of  a  strong  acid  or  a  strong  base  to 

a  buffered  solution  causes  only  small  changes  in  pH  be- 
cause the  buffer  reacts  with  the  added  acid  or  base. 

(Strong  acid-strong  base,  strong  acid-weak  base,  and 

weak  acid-strong  base  reactions  proceed  essentially  to 
completion.)  Buffered  solutions  are  usually  prepared 
from  a  weak  acid  and  a  salt  of  that  acid  or  from  a  weak 

base  and  a  salt  of  that  base.  Two  important  characteristics 

of  a  buffered  solution  are  its  buffer  capacity  and  its  pH. 

The  pH  can  be  calculated  using  Ka  or  K;,.  The  relationship 
between  pH,  pK„,  and  the  concentrations  of  an  acid  and 

its  conjugate  base  can  be  expressed  by  the  Henderson- 
[ base | 

Hasselbalch  equation:  pH  =  pKt,  +  log       — . [acid] 

Section  17.3  The  plot  of  the  pH  of  an  acid  (or  base)  as  a 
function  of  the  volume  of  added  base  (or  acid )  is  called  a  pH 
titration  curve.  Titration  curves  aid  in  selecting  a  proper 
pH  indicator  for  an  acid-base  titration.  The  titration  curve 

of  a  strong  acid-strong  base  titration  exhibits  a  large 
change  in  pH  in  the  immediate  vicinity  of  the  equiva- 

lence point;  at  the  equivalence  point  for  this  titration, 

pH  =  7.  For  strong  acid-w  eak  base  or  weak  acid-strong 
base  titrations,  the  pH  change  in  the  vicinity  of  the  equiv- 

alence point  is  not  as  large.  Furthermore,  the  pH  at  the 

equivalence  point  is  not  7  in  either  of  these  cases.  Rather, 

it  is  the  pH  of  the  salt  solution  that  results  from  the  neu- 
tralization reaction.  It  is  possible  to  calculate  the  pi  I  at 

any  point  of  the  titration  curve  by  first  considering  the 
stoichiometry  of  the  reaction  between  the  acid  and  base 
and  then  examining  equilibria  involving  remaining 
solute  species. 

Section  17.4  The  equilibrium  between  a  solid  com- 
pound and  its  ions  in  solution  provides  an  example  of 

heterogeneous  equilibrium.  The  solubility-product  con- 

stant (or  simply  the  solubility  product),  k  ,,,  is  an  equi- 
librium constant  that  expresses  quantitatively  the  extent 

to  which  the  compound  dissolves.  The  Ks.,  can  be  used  to 

calculate  the  solubility  of  an  ionic  compound,  and  the  sol- 
ubility can  be  used  to  calculate  Ks„. 

Section  17.5  Several  experimental  factors,  including 

temperature,  affect  the  solubilities  of  ionic  compounds  in 
water.  The  solubility  of  a  slightly  soluble  ionic  compound 

is  decreased  by  the  presence  of  a  second  solute  that  fur- 
nishes a  common  ion  (the  common-ion  effect).  The  solu- 

bility of  compounds  containing  basic  anions  increases  as 
the  solution  is  made  more  acidic  (as  pH  decreases).  Salts 
with  anions  of  negligible  basicity  (the  anions  of  strong 
acids)  are  unaffected  by  pH  changes. 

The  solubility  of  metal  salts  is  also  affected  by  the 
presence  of  certain  Lewis  bases  that  react  with  metal 

ions  to  form  stable  complex  ions.  Complex-ion  forma- 
tion in  aqueous  solution  involves  the  displacement  b\ 

Lewis  bases  (such  as  NFL  and  CN  )  of  water  molecules 
attached  to  the  metal  ion.  The  extent  to  which  such 

complex  formation  occurs  is  expressed  quantitatively 
by  the  formation  constant  for  the  complex  ion. 
Amphoteric  oxides  and  hydroxides  are  those  that  are 

only  slightly  soluble  in  water  but  dissolve  on  addition 

of  either  acid  or  base.  Acid-base  reactions  involving  the 
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OH  or  H20  groups  bound  to  the  metal  ions  give  rise  to 
the  amphoterism. 

Section  17.6  Comparison  of  the  ion  product,  Q,  with 

the  value  of  Ksp  can  be  used  to  judge  whether  a  precipitate 
will  form  when  solutions  are  mixed  or  whether  a  slightly 
soluble  salt  will  dissolve  under  various  conditions.  Pre- 

cipitates form  when  Q  >  K^,,.  Ions  can  be  separated  from 
each  other  based  on  the  solubilities  of  their  salts. 

Section  17.7  Metallic  elements  vary  a  great  deal  in 

the  solubilities  of  their  salts,  in  their  acid-base  behavior, 

and  in  their  tendencies  to  form  complex  ions.  These  dif- 
ferences can  be  used  to  separate  and  detect  the  presence 

of  metal  ions  in  mixtures.  Qualitative  analysis  deter- 
mines the  presence  or  absence  of  species  in  a  sample, 

whereas  quantitative  analysis  determines  how  much 
of  each  species  is  present.  The  qualitative  analysis  of 
metal  ions  in  solution  can  be  carried  out  by  separating 

the  ions  into  groups  on  the  basis  of  precipitation  reac- 
tions and  then  analyzing  each  group  for  individual 

metal  ions. 

VISUALIZ NCEPTS 

17.1  The  following  boxes  represent  aqueous  solutions  con- 
taining a  weak  acid,  HX,  and  its  conjugate  base,  X  . 

Water  molecules  and  cations  are  not  shown.  Which  so- 
lution has  the  highest  pH?  Explain.  [Section  17.1  ] 

HX 

17.2  The  beaker  on  the  right  contains  0.1  M  acetic  acid  solu- 
tion with  methyl  orange  as  an  indicator.  The  beaker  on 

the  left  contains  a  mixture  of  0. 1  M  acetic  acid  and  0.1  M 

sodium  acetate  with  methyl  orange,  (a)  Using  Figure 
16.7,  estimate  the  pH  of  each  solution,  and  explain  the 
difference,  (b)  Which  solution  is  better  able  to  maintain 

its  pH  when  small  amounts  of  NaOH  are  added? 
Explain.  [Sections  17.1  and  17.2] 

gate  base,  X  .  The  heights  of  the  columns  are  propor- 
tional to  the  concentrations  of  the  components  of  the 

buffer,  (a)  Which  of  the  three  drawings  (1),  (2),  (3)  repre- 
sents the  buffer  after  the  addition  of  a  strong  acid? 

(b)  Which  of  the  three  represents  the  buffer  after  the  ad- 
dition of  a  strong  base?  (c)  Which  of  the  three  represents 

a  situation  that  cannot  arise  from  the  addition  of  either 
an  acid  or  a  base?  [Section  17.2] 

I  IX  \ HX  X 

(1) 

HX  X 

(2) 

HX  X 

(3) 

17.4  The  following  drawings  represent  solutions  at  various 
stages  of  the  titration  of  a  weak  acid,  HA,  with  NaOH. 

(The  Na"  ions  and  water  molecules  have  been  omitted 
for  clarity.)  To  which  of  the  following  regions  of  the 
titration  curve  does  each  drawing  correspond:  (a)  before 
addition  of  NaOH,  (b)  after  addition  of  NaOH  but  be- 

fore equivalence  point,  (c)  at  equivalence  point,  (d)  after 
equivalence  point?  [Section  17.3] 

J  =  HA  Q 

in 

(ii) 

=  OH" 

9  ̂
 

9  9 

9*
 

C  w. 

9  •
 

(in) 

(IV) 
17.3  I  he  drawing  on  the  left  represents  a  buffer  composed  of 

equal  concentrations  of  a  weak  acid,  HX,  and  its  conju- 

17.5  Match  the  following  descriptions  of  titration  curves 
with  the  diagrams:  (a)  strong  acid  added  to  strong  base. 
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(b)  strong  base  added  to  weak  acid,  (c)  strong  base 

added  to  strong  acid,  (d)  strong  base  added  to  polyprot- 
ic  acid.  [Section  17.3] 

mL  titrant        mLtitrant        mL  titrant        mL  titrant 

(i)  (ii)  (iii)  (iv) 

17.6  The  following  drawings  represent  saturated  solutions  of 
three  ionic  compounds  of  silver — AgX,  AgY,  and  AgZ. 

(NaH  cations,  which  might  also  be  present  for  charge 
balance,  are  not  shown.)  Which  compound  has  the 
smallest  k  f)?  [Se<  tion  17.4] 

3  =  Ag  '       Q  =  X",  Y",  or  Z 

J 
1 

AgX  AgY  AgZ 

17.7  The  following  graphs  represent  the  behavior  of  BaC03 
under  different  circumstances.  In  each  case  the  vertical 

axis  indicates  the  solubility  of  the  BaC03  and  the  hori- 
zontal axis  represents  the  concentration  of  some  other 

reagent,  (a)  Which  graph  represents  what  happens  to 

the  solubility  of  BaC03  as  HN03  is  added1  (b)  Which 
graph  represents  w  hat  happens  to  the  BaC03  solubility 
as  Na2C03  is  added?  (c)  Which  represents  w  hat  hap- 

pens to  the  BaC03  solubility  as  NaNO,  is  added1 [Section  17.5] 

Cone  Cone  Cone 

17.8  What  is  the  name  given  to  the  kind  ot  behavior 

demonstrated  by  a  metal  hydroxide  in  this  graph1 
[Section  17.5] 

pH 

EXERCISES 

Common-Ion  Effect 

17.9  (a)  What  is  the  common-ion  effect?  (b)  Give  an  example 
of  a  salt  that  can  decrease  the  ionization  of  HN02  in 
solution. 

17.10  (a)  Consider    the    equilibrium    B(aq)  +  H2Q(/) 

HB'  (aq)  +  OH  (aq).  Using  Le  Chatelier's  principle,  ex- 
plain the  effect  of  the  presence  of  a  salt  of  HB*  on  the 

ionization  of  B.  (b)  Give  an  example  of  a  salt  that  can  de- 
crease the  ionization  of  NH3  in  solution. 

17.11  Does  the  pH  increase,  decrease,  or  remain  the  same 
when  each  of  the  following  is  added:  (a)  NaNQ2  to  a  so- 

lution of  HN02;  (b)  (CH3NH3)C1  to  a  solution  of 
CH3NH2;  (c)  sodium  formate  to  a  solution  of  formic 

acid;  (d)  potassium  bromide  to  a  solution  of  hydro- 
bromic  acid;  (e)  HC1  to  a  solution  of  r\[aC2H302? 

17.12  Indicate  whether  the  pH  increases,  decreases,  or  re- 
mains the  same  when  each  of  the  following  is  added: 

(a)  Ca(C7H502)2  to  a  solution  of  HC7HsQ2;  (b)  pyridini- 
um  nitrate,  (CsHsNH)(NO-s),  to  a  solution  of  pyridine, 
C5H5N;  (c)  ammonia  to  a  solution  of  hydrochloric  acid; 
(d)  sodium  hydrogen  carbonate  to  a  solution  of  carbonic 
acid;  (e)  NaC104  to  a  solution  of  NaOH. 

17.13  Use  information  from  Appendix  D  to  calculate  the  pi  1  of 
(a)  a  solution  that  is  0.060  M  in  potassium  propionate 
(KC3H302)  and  0.085  M  in  propionic  acid  (Ik  ;HS02); 
(b)  a  solution  that  is  0.073  M  in  trimethylamine, 

(CH-ihN,  and  0.10  M  in  trimethylammonium  chloride, 
(CH3hNH(_  I;  (c)  a  solution  that  is  made  by  mixing 
50.0  ml  of  0.15  M  acetic  acid  and  30.0  ml  of  0.20  Al  sodi- 

um acetate. 

17.14  Use  information  from  Appendix  I )  to  c  ak  ulate  the  pi  I  of 
(a)  a  solution  that  is  0.160  Al  in  sodium  formate 
(NaCH02)  and  0.260  M  in  formic  acid  (HC  H02);  (b)  a 
solution  that  is  0.210  M  in  pyridine  (CsHsN)  and 

0.350  M  in  pyridinium  chloride  (C^H^NHCl);  (c)  .1  solu- 
tion that  is  made  by  combining  123  mL  of  0.050  Al  hy- 

drofluoric acid  with  50.0  mLol  0.10  Al  sodium  fluoride. 

17.15  (a)  Calculate  the  percent  ionization  of  0.0073  A1  butanou 
acid  (K„  =  1.5  <  10  ).  (b)  Calculate  the  percent  ioniza- 

tion of  0.0075  A1  butanoic  acid  in  a  solution  containing 
0.085  M  sodium  butanoate. 

17.16  (a)  Calculate  the  percent  ionization  of  0.085  Al  Lulu, 

acid  (K„  =  1.4  ■  10  l).(b)  Calculate  the  percent  ioniza- 
tion of  0.0S3  M  lactic  acid  in  a  solution  containing 

0.030  M  sodium  lactate. 
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Buffers 

17.17  Explain  why  a  mixture  of  HC2H3O2  and  NaC2H302  can 
act  as  a  buffer  while  a  mixture  of  HCI  and  NaCl  cannot. 

17.18  Explain  why  a  mixture  formed  by  mixing  100  111L  of 
0.100  M  HC2H3O2  and  50  mL  of  0.100  M  NaOH  will  act 
as  a  buffer. 

17.19  (a)  Calculate  the  pH  of  a  buffer  that  is  0.12  M  in  lactic 
acid  and  0.11  M  in  sodium  lactate,  (b)  Calculate  the  pH 
of  a  buffer  formed  by  mixing  85  mL  of  0.13  M  lactic  acid 
with  95  mL  of  0.15  M  sodium  lactate. 

17.20  (a)  Calculate  the  pH  of  a  buffer  that  is  0.L20  M  in 
NaHC03  and  0.105  M  in  Na2C03.  (b)  Calculate  the  pH 
of  a  solution  formed  by  mixing  65  mL  of  0.20  M 
NaHC03  with  75  mL  of  0.15  M  Na2COv 

17.21  A  buffer  is  prepared  by  adding  20.0  g  of  acetic  acid 
(HC2H3O2)  and  20.0  g  of  sodium  acetate  (NaC2H30;)  to 
enough  water  to  form  2.00  L  of  solution,  (a)  Determine 

the  pH  of  the  buffer,  (b)  Write  the  complete  ionic  equa- 
tion for  the  reaction  that  occurs  when  a  few  drops  of  hy- 

drochloric acid  are  added  to  the  buffer,  (c)  Write  the 

complete  ionic  equation  for  the  reaction  that  occurs 
when  a  few  drops  of  sodium  hydroxide  solution  are 
added  to  the  buffer. 

17.22  A  buffer  is  prepared  by  adding  5.0  g  of  ammonia  (NH3) 
and  20.0  g  of  ammonium  chloride  (NH4C1)  to  enough 
water  to  form  2.50  L  of  solution,  (a)  What  is  the  pH  of 
this  buffer?  (b)  Write  the  complete  ionic  equation  for 
the  reaction  that  occurs  when  a  few  drops  of  nitric  acid 
are  added  to  the  buffer,  (c)  Write  the  complete  ionic 
equation  for  the  reaction  that  occurs  when  a  few  drops 
of  potassium  hydroxide  solution  are  added  to  the 
buffer. 

17.23  How  many  moles  of  sodium  hypobromite  (NaBrO) 
should  be  added  to  1.00  L  of  0.050  M  hypobromous  acid 
(HBrO)  to  form  a  buffer  solution  of  pH  9.15?  Assume 
that  no  volume  change  occurs  when  the  NaBrO  is 
added. 

17.24  How  many  grams  of  sodium  lactate  (NaC3H503) 
should  be  added  to  1.00  L  of  0.150  M  lactic  acid 

(HC3H503)  to  form  a  buffer  solution  with  pH  4.00?  As- 
sume that  no  volume  change  occurs  when  the 

NaQLLCh  is  added. 

17.25  A  buffer  solution  contains  0.10  mo]  of  acetic  acid  and 

0.13  mol  of  sodium  acetate  in  1.00  L.  (a)  What  is  the  pH 
of  this  buffer?  (b)  What  is  the  pH  of  the  buffer  after  the 
addition  of  0.02  mol  of  KOLL  (c)  What  is  the  pH  of  the 
buffer  after  the  addition  of  0.02  mol  of  HN03? 

17.26  A  buffer  solution  contains  0.12  mol  of  propionic  acid 
(HC3Hs02)  and  0.10  mol  of  sodium  propionate 

(NaC3H362)  in  1.50  L.  (a)  What  is  the  pH  of  this  buffer7 
(b)  What  is  the  pH  of  the  buffer  after  the  addition  of 
0.01  mol  of  NaOH ?  (c)  What  is  the  pH  of  the  buffer  after 
the  addition  of  0.01  mol  of  HI? 

17.27  (a)  What  is  the  ratio  of  HCO^  to  H2CO^  in  blood  of  pH 

7.4?  (b)  What  is  the  ratio  of  HCOC  to  H2C03  in  an  ex- 
hausted marathon  runner  whose  blood  pH  is  7.1? 

17.28  A  buffer,  consisting  of  H2P04  and  HP042  ,  helps  con- 
trol the  pH  of  physiological  fluids.  Many  carbonated 

soft  drinks  also  use  this  buffer  system.  What  is  the  pH  of 
a  soft  drink  in  which  the  major  buffer  ingredients  are 
6.5  g  of  NaH2P04  and  8.0  g  of  Na2HP04  per  355  mL  of 
solution? 

17.29  You  have  to  prepare  a  pH  3.50  buffer,  and  you  have 
the  following  0.10  M  solutions  available:  HCHO2, 
HC2H302,  H3P04,  NaCH02,  NaC2H302,  and 
NaH2P04.  Which  solutions  would  you  use?  How  many 

milliliters  of  each  solution  would  you  use  to  make  ap- 
proximately a  liter  of  the  buffer? 

17.30  You  have  to  prepare  a  pH  4.80  buffer,  and  you  have  the 

following  0.10  M  solutions  available:  formic  acid,  sodi- 
um formate,  propionic  acid,  sodium  propionate,  phos- 

phoric acid,  and  sodium  dihydrogen  phosphate.  Which 
solutions  would  you  use?  How  many  milliliters  of  each 
solution  would  vou  use  to  make  approximately  a  liter  of 
the  buffer? 

Acid-Base  Titrations 

17.31  The  accompanying  graph  shows  the  titration  curves  for 
two  monoprotic  acids,  (a)  Which  curve  is  that  of  a 
strong  acid?  (b)  What  is  the  approximate  pH  at  the 

equivalence  point  of  each  titration?  (c)  How  do  the  orig- 
inal concentrations  of  the  two  acids  compare  if  40.0  mL 

of  each  is  titrated  to  the  equivalence  point  with  the  same 
volume  of  0.100  M  base? 
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17.32  How  does  titration  of  a  strong,  monoprotic  acid  with  a 
strong  base  differ  from  titration  of  a  weak,  monoprotic 
acid  with  a  strong  base  with  respect  to  the  following: 
(a)  quantity  of  base  required  to  reach  the  equivalence 
point,  (b)  pi  I  at  the  beginning  of  the  titration,  (c)  pH  at 
the  equivalence  point,  (d)  pi  I  alter  addition  of  a  slight 
excess  of  base,  (e)  choice  of  indicator  tor  determining 

the  equivalence  point7 
17.33  Predict  whether  the  equivalence  point  of  each  of  the  fol- 

lowing titrations  is  below,  above,  or  at  pi  I  7: 
(a)  NaHC03  titrated  with  NaOl  I,  (b)  Nl  I ,  titrated  with 
HU,  (c)  KOI  I  titrated  with  HBr. 

17.34  Predict  whether  the  equivalence  point  of  each  ol  the  fol- 
lowing titrations  is  below,  above,  or  at  pl  I  7:  (a)  formic 

acid  titrated  with  NaOH,  (b)  calcium  hydroxide  titrated 

with  perchloric  acid,  (c)  pyridine  titrated  with  nitric 
acid. 

17.35  Two  monoprotic  acids,  both  0.100  M  in  concentration, 

are  titrated  with  0.100  A/1  NaOI  I.  Hie  pl  I  at  the  equiv  a- 
lence point  tor  I IX  is  S.S,  and  that  lor  MY  is  7.9. 

(a)  Which  is  the  weaker  acid?  (b)  Which  indicators  in 
Figure  16.7  could  be  used  to  titrate  each  of  these  acids? 

17.36  Assume  that  10.0  mLof  a  0.10  M  solution  of  a  weak  base 

B  that  accepts  one  proton  is  titrated  with  a  0.10  M  solu- 
tion of  the  monoprotic  strong  acid  HX.  (a)  I  low  many 

moles  of  HX  have  been  added  at  the  equivalence  point? 
(b)  What  is  the  predominant  form  ol  15  at  the  equiva- 

lence point7  (c)  What  factor  determines  the  pl  I  at  the 
equivalence  point?  (d)  Which  indicator,  phenolphtha- 
lein  or  methyl  red,  is  likely  to  be  the  better  choice  for 
this  titration7 

17.37  How  many  milliliters  of  0.0K50  A/1  NaOH  are  required  to 
titrate  each  of  the  following  solutions  to  the  equiv  alence 
point:  (a)  40.0  mL  of  0.1W00  Al  UNO-,,  (b)  33.0  ml.  ol 

Solubility  Equilibria  and  Factors  Affecting  Solubility 

17.45  (a)  Why  is  the  concentration  of  undissolved  solid  not  ex- 
plicitly included  in  the  expression  for  the  solubility- 

product  constant?  (b)  Write  the  expression  lor  the 

solubility-product  constant  for  each  of  the  following 
strong  electrolytes:  Agl,  SrS04,  Fe(OII):,  and  Hg2Br:. 

17.46  (a)  Explain  the  difference  between  solubility  and 
solubility-product  constant,  (b)  Write  the  expression  for 
the  solubility-product  constant  for  each  of  the  following 
ionic  compounds:  MnCO-t,  Hg(OH)2,  and  Cu^PO^t. 

17.47  (a)  If  the  molar  solubility  of  CaF2  at  35°C  is 

1.24  ■  10  3  mol  L,  what  is  Ksp  at  this  temperature7 
(b)  It  is  found  that  1.1  ■  10  ̂ g  of  SrF^  dissolves  per 
100  mL  of  aqueous  solution  at  25  C.  Calculate  the  solu- 

bility product  for  SrF:.  (c)  The  Ksp  of  Ba(I03)2  at  25  C  is 

6.0  x  10  l0.  What  is  the  molar  solubility  of  Ba(I03)2? 
17.48  (a)  The  molar  solubility  of  PbBr2  at  23  C  is 

1.0  x  10  2  mol/L.  Calculate  Ksp.  (b)  If  0.0490  g  of  AglO^ 
dissolves  per  liter  of  solution,  calculate  the  solubility- 
product  constant,  (c)  Using  the  appropriate  Ks,,  value 
from  Appendix  D,  calculate  the  solubility  of  Cu(OH)2  in 
grams  per  liter  of  solution. 

Exercises  763 

0.0850  M  HC2H302,  (c)  50.0  mL  of  a  solution  that  con- 

tains 1.S3  g  of  I  K  I  per  liter1 17.38  How  many  milliliters  of  0.103  M  HC1  are  needed  to 

titrate  each  of  the  following  solutions  to  the  equivalence 
point:  (a)  55.0  mL  of  0.0950  Al  NaOH,  (b)  22.3  ml  of 
0.118  'VI  NH3,  (c)  123.0  mL  of  a  solution  that  contains 
1.35  g  of  NaOH  per  liter? 

17.39  A  20.0-ml  sample  of  0.200  M  HBr  solution  is  titrated 
with  0.200  Al  NaOH  solution.  Calculate  the  pH  of  the 
solution  after  the  following  volumes  of  base  have  been 
added:  (a)  15.0  ml  ,  (b)  19.9  mL,  (c)  20.0  ml  .  (d)  20.1  mL, 
(e)  35.0  mL. 

17.40  A  30.0-mL  sample  of  0.130  M  KOH  is  titrated  with 
0.123  Al  HCI04  solution  Calculate  the  pH  alter  the  fol- 

lowing volumes  of  acid  have  been  added:  (a)  30.0  ml  , 
(b)  35.0  mL,  (c)  36.0  mL,  (d)  37.0  mL,  (e)  40.0  mL. 

17.41  A  35.0-mL  sample  of  0.150  M  acetic  acid  (HC2H302)  is 
titrated  with  0.130  A I  NaOH  solution.  Calculate  the  pH 
after  the  following  volumes  of  base  have  been  added: 
(a)0  ml,  (b)  17.3  ml,  (c)  34.3  mF,  (d)  35.0  ml. 

(e)  35.5  mL,  (f)  50.0  mL. 
17.42  Consider  the  titration  of  30.0  mL  ol  0.030  M  NH3  with 

0.025  Al  HC1.  Calculate  the  pH  after  the  following  vol- 
umes of  titrant  have  been  added:  (a)  0  mL,  (b)  10.0  mL, 

(c)  20.0  mL,  (d)  35.0  mL,  (e)  36.0  ml  ,  (f)  37.0  mL. 

17.43  Calculate  the  pH  at  the  equivalence  point  for  titrating 
0.200  Al  solutions  of  each  of  the  follow  ing  bases  with 

0.200  M  HBr:  (a)  sodium  hydroxide  (NaOH),  (b)  hy- 
droxylamine  (NH2OH),  (c)  aniline  (Q,H5NH2). 

17.44  Calculate  the  pl  I  at  the  equiv  alence  point  in  titrating 
0.100  M  solutions  of  each  of  the  following  with  0.080  Al 
NaOH:  (a)  hydrobromic  acid  (HBr),  (b)  lactic  acid 
(HCMhO;),  (c)  sodium  hydrogen  ihromate  (XaflCrO,). 

17.49  A  1.00-L solution  saturated  at  25  C  with  calcium  oxalate 
(CaC204)  contains  0.0061  g  of  CaC204.  Calculate  the 

solubility-product  constant  for  this  salt  at  25  C. 
17.50  A  1.00-L  solution  saturated  at  25  C  with  lead(II)  iodide 

contains  0.54  g  of  Pbl2.  Calculate  the  solubility-product 
constant  for  this  salt  at  23  C 

17.51  Using  Appendix  I),  calculate  the  molar  solubility  of 

AgBr  in  (a)  pure  water,  (b)  3.0  ■  10  2  M  AgN03  solu- tion, (c)  0. 10  Al  NaBr  solution. 
17.52  Calculate  the  solubility  of  LaF3  in  grams  per  liter  in 

(a)  pure  water,  (b)  0.010  M  KF  solution,  (c)  0.050  M 
I  ,aC  I  1  solution. 

17.53  Calculate  the  solubility  of  Mn(OH)2  in  grams  per  liter 
when  buffered  at  pl  I  (a)  7.0,  (b)  9.5,  (c)  11.8. 

17.54  Calculate  the  molar  solubility  of  Fe((  )1 1)2  when  buffered 

at  pH  (a)  7.0,  (b)  10.0,  (c)  12.0. 

17.55  Which  of  the  following  salts  will  be  substantially  more 
soluble    in    acidic    solution    than    in    pure  water: 
(a)  ZnC03,  (b)ZnS,  (c)Bil5,  (d)  AgCN,  (e)  Ba3(P04)2? 

17.56  For  each  ol  the  following  slightly  soluble  salts,  write  the 
net  ionic  equation,  it  any,  for  reaction  with  >u  id:  (a)  MnS, 
(b)  PbF2,  (c)  AuCL,  (d)  I  lg:C  ;04,  (e)  CuBr. 
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17.57  From  the  value  of  Kf  listed  in  Table  17.1,  calculate  the 

concentration  of  Cir'  in  1.0  L  of  a  solution  that  con- 
tains a  total  of  1  x  10  mol  of  copper(II)  ion  and  that  is 

0.10 /VI  in  Nhh. 

17.58  To  what  final  concentration  of  NH-i  must  a  solution  be 
adjusted  to  just  dissolve  0.020  mol  of  \iC2C>4 

{Ksp  =  4  x  10  '")  in  1.0  I.  of  solution7  [Hint:  You  can 
neglect  the  hydrolysis  oi  C2O4  because  the  solution 
will  be  quite  basic.) 

Precipitation;  Qualitative  Analysis 

17.61  (a)  Will  Ca(OH)2  precipitate  from  solution  if  the  pH  of  a 
0.050  M  solution  of  CaCI2  is  adjusted  to  8.0?  (b)  Will 

Ag2SO-i  precipitate  when  100  mL  of  0.050  M  AgN03  is 

mixed  with  10  mLof  5.0  x  10  2  M  Na2S04  solution7 
17.62  (a)  Will  Co(OH)2  precipitate  from  solution  if  the  pH  of  a 

0.020  M  solution  of  Co(NO,)2  is  adjusted  to  8.5?  (b)  Will 
AglO,  precipitate  when  100  mL  of  0.010  M  AgNO,  is 
mixed  with  10  mL  of  0.015  M  NalO,?  (Ksp  of  AglO, 

is  3.1  X  10  s.) 
17.63  Calculate  the  minimum  pH  needed  to  precipitate 

Mn(OH)2  so  completely  that  the  concentration  of  Mir' 
is  less  than  1  fig  per  liter  [  1  part  per  billion  (ppb)]. 

17.64  Suppose  that  a  10-mL  sample  of  a  solution  is  to  be  tested 
for  CI  ion  by  addition  of  1  drop  (0.2  mL)  of  0.10  M 
AgN03.  What  is  the  minimum  number  of  grams  of  CP 
that  must  be  present  in  order  for  AgCl(s)  to  form? 

17.65  A  solution  contains  2.0  X  10~4  M  Ag+  and 
1.5  x  10~3  M  Pb2+.  If  Nal  is  added,  will  Agl 

( Ksp  =  8.3  x  10~17)  or  Pbl2  {Ksp  =  7.9  x  10"')  precipi- tate first?  Specify  the  concentration  of  I  needed  to 
begin  precipitation. 

17.66  A  solution  of  Na2SC>4  is  added  dropwise  to  a  solution 
that  is  0.010  A 1  in  Ba2  and  0.010  A 1  in  Sr2  .  (a)  What  con- 

centration of  S04~~  is  necessary  to  begin  precipitation? 
(Neglect  volume  changes.  BaS04:  Ksp  =  1.1  X  10  '"; 
SrS04:  Ksp  =  3.2  X  10  7.)  (b)  Which  cation  precipitates 
first?  (c)  What  is  the  concentration  of  SO4  when  the 
second  cation  begins  to  precipitate? 

17.67  A  solution  containing  an  unknown  number  of  metal 
ions  is  treated  with  dilute  HC1;  no  precipitate  forms.  The 
pH  is  adjusted  to  about  1,  and  H2S  is  bubbled  through. 
Again,  no  precipitate  forms.  The  pH  of  the  solution  is 
then  adjusted  to  about  8.  Again,  H2S  is  bubbled 
through.  This  time  a  precipitate  forms.  The  filtrate  from 

this  solution  is  treated  with  (NH4)2HP04.  No  precipi- 
tate forms.  Which  metal  ions  discussed  in  Section  17.7 

17.59  By  using  the  values  of  Ksp  for  Agl  and  Kt  for  Ag(CN)2~, calculate  the  equilibrium  constant  for  the  reaction 

Agl(s)  +  2CN  (aq)  z=±  Ag(CN)2  {aq)  +  I  (aq) 

17.60  Using  the  value  of  Ksp  for  Ag2S,  and  Ka2  for  H2S, 

and  Kj  1.1  X  105  for  AgCl2  ,  calculate  the  equilibri- 
um constant  for  the  following  reaction: 

Ag2S(s)  +  4  CI  (aq)  f  2  H+(aq)  =^ 2  AgCL  (aq)  +  H2S(rtq) 

are  possibly  present?  Which  are  definitely  absent  within 
the  limits  of  these  tests? 

17.68  An  unknown  solid  is  entirely  soluble  in  water.  On  addi- 

tion of  dilute  HC1,  a  precipitate  forms.  After  the  precipi- 
tate is  filtered  off,  the  pH  is  adjusted  to  about  1  and  H2S 

is  bubbled  in;  a  precipitate  again  forms.  After  filtering 
off  this  precipitate,  the  pH  is  adjusted  to  8  and  H2S  is 
again  added;  no  precipitate  forms.  No  precipitate  forms 
upon  addition  of  (NH4)2HP04.  The  remaining  solution 

shows  a  yellow  color  in  a  flame  test.  Based  on  these  ob- 
servations, which  of  the  following  compounds  might  be 

present,  which  are  definitely  present,  and  which  are  def- 
initely absent:  CdS,  Pb(N03)2,  HgO,  ZnS04,  Cd(N03)2, 

and  Na2S04? 

17.69  In  the  course  of  various  qualitative  analysis  procedures, 

the  following  mixtures  are  encountered:  (a)Zn-"  and 
Cd2\  (b)Cr(OHh  and  Fe(OH)3,  (c)  Mg2+  and  K  , 
(d)  Ag '  and  Mir*.  Suggest  how  each  mixture  might  be 

separated. 
17.70  Suggest  how  the  cations  in  each  of  the  following  solu- 

tion mixtures  can  be  separated:  (a)  Na'  and  Cd2  , 
<b)Cu2    and  Mg2*,  (c)  Pb2*  and  Al3  ,  (d)  Ag"  and 

Hg2-- 

17.71  (a)  Precipitation  of  the  group  4  cations  (Figure  17.22)  re- 

quires a  basic  medium.  Why  is  this  so7  (b)  What  is  the 
most  significant  difference  between  the  sulfides  precipi- 

tated in  group  2  and  those  precipitated  in  group  3? 
(c)  Suggest  a  procedure  that  would  serve  to  redissolve 
the  group  3  cations  following  their  precipitation. 

17.72  A  student  who  is  in  a  great  hurry  to  finish  his  laboratory 
work  decides  that  his  qualitative  analysis  unknown 
contains  a  metal  ion  from  the  insoluble  phosphate 

group,  group  4  (Figure  17.22).  He  therefore  tests  his 
sample  directly  with  (NH4)2HP04,  skipping  earlier 
tests  for  the  metal  ions  in  groups  1 ,  2,  and  3.  He  observes 
a  precipitate  and  concludes  that  a  metal  ion  from  group 
4  is  indeed  present.  Why  is  this  possibly  an  erroneous 
conclusion? 

Additional  Exercises 

17.73  Furoic  acid  (HC5H3O3)  has  a  K„  value  of  6.76  •  10  4  at 
25'  C.  Cah  ul. He  the  pi  I  at  25  C  of  (a)  a  solution  formed 
by  adding  35.0  g  of  furoic  acid  and  30.0  g  of  sodium 
furoate  (Na(  ,1 1  ;()  ,)  to  enough  water  to  form  0.250  I  of 
solution;  (b)  ,1  solution  formed  by  mixing  30.0  mL  of 

0.250  A/1  I IC51  1  ,03  and  20.0  ml.  of  0.22  A4  NaC5H303 

and  diluting  the  total  volume  to  125  mL;  (c)  a  solution 
prepared  bv  adding  50.0  mL  of  1.65  M  NaOH  solution  to 
0.500  L  of  0.0850  M  HC5H303. 

17.74  The  acid-base  indicator  bromcresol  green  is  a  weak  acid. 
The  yellow  acid  and  blue  base  forms  of  the  indicator  are 
present  in  equal  concentrations  in  a  solution  when  the 
pH  is  4.hS.  What  is  the  pK„  for  bromcresol  green? 
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17.75  Equal  quantities  of  0.010  M  solutions  of  an  acid  I IA  and  a 
base  B  arc  mixed.  The  pH  of  the  resulting  solution  is  c>.2. 
(a)  Write  the  equilibrium  equation  and  equilibrium- 
constant  expression  for  the  reaction  between  I  IA  and  II 
(b)  If  Ka  for  HA  is  S.O  ■  10  \  what  is  the  value  of  the 
equilibrium  constant  for  the  reaction  between  I  I  A  and 
B?  (c)  What  is  the  value  of  Kh  for  B? 

17.76  Two  buffers  are  prepared  by  adding  an  equal  number  of 
moles  of  formic  acid  (HCHO2)  and  sodium  formate 
(NaCH02)  to  enough  water  to  make  1 .00  I  ot  solution 
Buffer  A  is  prepared  using  1.00  mol  each  ol  formic  acid 
and  sodium  formate.  Butler  B  is  prepared  by  using 
0.010  mol  of  each,  (a)  Calculate  the  pi  I  of  each  butter, 
and  explain  why  they  are  equal,  (b)  Which  butter  will 
have  the  greater  buffer  capacity?  Explain,  (c)  Calculate 
the  change  in  pH  for  each  buffer  upon  the  addition  ot 
1.0  ml.  of  1 .00  Al  I  [(  I.  (d)  C  alculate  the  change  in  pi  I  for 
each  butter  upon  the  addition  of  10  ml  of  1:00  M  HC1. 
(e)  Discuss  your  answers  tor  parts  (c)  and  (d)  in  light  ol 
your  response  to  part  (b). 

17.77  A  biochemist  needs  730  ml.  of  an  acetic  acid  sodium  ac- 
etate buffer  with  pi  I  4.50.  Solid  sodium  acetate 

(NaC2EK,02)  and  glacial  acetic  acid  (HC2H302)  are 
available.  Glacial  acetic  acid  is  99%  HC2H^02  by  mass 
and  has  a  density  of  1.05  g/mL.  If  the  buffer  is  to  be 
0.20  M  in  HC2H3O2,  how  many  grams  of  NaC2lh02 
and  how  many  milliliters  ot  glacial  acetic  acid  must  be 
used? 

17.78  A  sample  of  0.2140  g  of  an  unknow  n  monoprotic  acid 
was  dissolved  in  2^.0  ml  ol  water  and  titrated  with 
0.0950  M  NaOII.  I  he  acid  required  27.4  ml  of  base  to 
reach  the  equivalence  point,  (a)  What  is  the  molar  mass 
of  the  acid?  (b)  After  15.0  ml.  of  base  had  been  added  in 

the  titration,  the  pi  I  was  found  to  be  6.50.  What  is  the  kt, 
for  the  unknown  acid? 

17.79  Show  that  the  pH  at  the  halfway  point  of  a  titration  ol  a 
weak  acid  with  a  strong  base  (where  the  volume  ot 

added  base  is  halt  ot  that  needed  to  reach  the  equiva- 
lence point)  is  equal  to  pKa  tor  the  acid. 

17.80  Potassium  hydrogen  phthalate,  often  abbreviated 

KHP,  can  be  obtained  in  high  purity  and  is  used  to  de- 
termine the  concentrations  of  solutions  of  strong 

bases.  Strong  bases  react  with  the  hydrogen  phthalate 
ion  as  follows: 

{aq)  t-  OH  (</(/) H20(/)  +  P2  {aq) 

The  molar  mass  of  Kill'  is  204.2  g  mol  and  Kn  for  the 
HP  ion  is  3.1  ■  10  °.  (a)  If  a  titration  experiment  be- 

gins with  0.4885  g  of  KHP  and  has  a  final  volume  of 
about  100  mL,  w  hich  indicator  from  Figure  16.7  would 
be  most  appropriate?  (b)  If  the  titration  required 
38.55  mLof  NaOH  solution  to  reach  the  end  point,  what 
is  the  concentration  of  the  NaOH  solution? 

17.81  If  40.00  mL  of  0.100  M  Na2C03  is  titrated  with  0.100  Al 
HC1,  calculate  (a)  the  pH  at  the  start  of  the  titration; 
(b)  the  volume  of  HC1  required  to  reach  the  first  equiva- 

lence point  and  the  predominant  species  present  at  this 
point;  (c)  the  volume  of  HCI  required  to  reach  the  sec- 

ond equivalence  point  and  the  predominant  species  pre- 

sent at  this  point;  (d)  the  pll  at  the  second  equivalence 

point. 

17.82  A  hypothetical  weak  acid,  HA,  was  combined  with 
\aOII  in  the  following  proportions:  0.20  mol  ot  HA 
0.080  mol  of  NaOH.  The  mixture  was  diluted  to  a  total 

volume  of  10  1  ,  and  the  pi  I  measured,  (a)  It  pll  4. SO, 

w  hat  is  the  pK0  ot  the  acid1  (b)  How  man)  additional 
moles  of  NaOII  should  be  added  to  the  solution  to  in- 
c  rease  the  pH  to  5.00? 

|17.83|  What  is  the  pi  I  ol  a  solution  made  by  mixing  0.30  mol 
NaOH,  0.25  mol  Na2HP04,  and  0.20  mol  H3PO4  w  ith 

water  and  diluting  to  1 .00  I  1 
(17.841  Suppose  you  w  ant  to  do  a  physiological  experiment  that 

calls  for  a  pH  6.5  buffer.  You  find  that  the  organism  with 
which  you  are  working  is  not  sensitiv  e  to  the  weak  acid 

H2X(K„|  =  2  ■  10  :;  k,l2  3.0  ■  10  '),  or  its  sodium salts.  You  have  available  a  1.0  Al  solution  ot  this  acid 
and  a  1.0  M  solution  of  NaOl  I.  1  low  much  ot  the  NaOH 

solution  should  be  added  to  1.0  I  ot  the  acid  to  give  a 
buffer  at  pH  6.50?  (Ignore  any  volume  change  ! 

117.851  How  main  microliters  of  1.000  M  NaOH  solution  must 
be  added  to  23.00  mL  of  a  0.1000  Al  solution  of  lactic 

acid  (HC^HsO-J  to  produce  a  butter  with  pi  I  3.75? 
17.86  A  person  suffering  from  anxiety  begins  breathing  rapid- 

ly and  as  a  result  suffers  alkalosis,  an  increase  in  blood 

pH.  (a)  Using  Equation  17.10,  explain  how  rapid  breath- 
ing can  cause  the  pi  1  ot  blood  to  increase,  (b)  One  cure 

lor  this  problem  is  breathing  in  a  paper  bag.  Why  does 
this  procedure  lower  blood  pH? 

17.87  For  each  pair  ot  compounds,  use  k  ,  values  to  deter- 
mine which  has  the  greater  molar  solubility:  (a)  CdS  or 

CuS,  (b)PbC03  or  BaCr04(  (c)  Ni(OH)2  or  NiC03, 
(d)  Agl  or  Ag2S04. 

17.88  A  saturated  solution  of  Mg(OH):  in  water  has  a  pll  ol 
10.38.  Estimate  the  k  r  lor  this  compound. 

17.89  Excess  Ca(OH)2  is  shaken  with  water  to  produce  a  satu- 
rated solution.  I  he  solution  is  filtered,  and  a  50.00-ml 

sample  titrated  with  IK  I  requires  11.23  mLof  0.0983  M 
HCI  to  reach  the  end  point.  Calculate  k  r  tor  Ca(OH)2. 
Compare  your  result  with  that  in  Appendix  D.  Do  you 
think  the  solution  was  kept  at  23  C? 

17.90  The  solubility-product  constant  for  barium  perman- 

ganate, Ba(Mn04)2,  is  2.5  <  10  10  Suppose  that  solid 
Ba(Mn04)2  is  in  equilibrium  with  a  solution  ol  KMn04. 
Wh.it  concentration  ol  KMn04  is  required  to  establish  a 

concentration  of  2.0  ■  10  s  Al  for  the  Ba  ion  in 

solution1 
17.91  Calculate  the  ratio  of  [(  a2  |  to  [Fe2  |  in  a  Like  in  which 

the  water  is  in  equilibrium  with  deposits  ol  both  CaC(  1 1 
and  FeC03,  assuming  that  the  water  is  slightly  basic 
and  that  the  hydrolysis  ol  the  carbonate  ion  can  there 
fore  be  ignored. 

117.921  The  solubility  products  ol  PbSO,  and  SrS04  are 

6.3  ■  10  '  and  3.2  •  10  ',  respectively.  What  are  the 
values  of  [SO42  |,  [Pb2  |,  and  |Sr  |  in  ,1  solution  .it 

equilibrium  with  both  substances1 

[17.931  What  pll  buffer  solution  is  needed  to  give  a  Mg2'  con- 
centration of  3.0  ■  10  -  Al  in  equilibrium  with  solid 

magnesium  oxalate? 
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[17.94]  The  value  of  Ksp  for  Mg3(As04)2  is  2.1  X  10  2".  The 
As04  ion  is  deriv  ed  from  the  weak  acid  Hy\s04 

{pKa]  =  2.22;pKn2  =  6.98;pK„3  =  11.50).  When  asked 
to  calculate  the  molar  solubility  of  Mg^(  As04)2  in  water, 
a  student  used  the  Ks„  expression  and  assumed  that 

[Mg2^]  =  1.5[As(V  ].  Why  was  this  a  mistake? 

117.95]  The  solubility  product  for  Zn(OH)2  is  3.0  x  10  16  The 
formation  constant  for  the  hvdroxo  complex,  Zn(OH)42 ~, 
is  4.6  x  10  .  What  concentration  of  OH  is  required  to 
dissolv  e  0.01 5  mol  of  Xn(OI  I )2  in  a  liter  of  solution? 

Integrative  Exercises 

17.96  (a)  Write  the  net  ionic  equation  for  the  reaction  that  oc- 
curs when  a  solution  of  hydrochloric  acid  (HCI)  is 

mixed  with  a  solution  of  sodium  formate  (NaCH02). 
(b)  Calculate  the  equilibrium  constant  for  this  reaction. 
(c)  Calculate  the  equilibrium  concentrations  of 

Na^,CU,H  ,CH02 ~,  and  HCHO:  when  50.0  mL  of 
0.15  M  HCI  is  mixed  with  50.0  mL  of  0.15  M  NaCH02. 

17.97  (a)  A  0.1044-g  sample  of  an  unknown  monoprotic  acid 
requires  22.10  mL  of  0.0500  M  NaOH  to  reach  the  end 

point.  What  is  the  molecular  weight  of  the  unknown1 
(b)  As  the  acid  is  titrated,  the  pH  of  the  solution  after  the 
addition  of  11.05  mL  of  the  base  is  4.89.  What  is  the  K„ 
for  the  acid?  (c)  Using  Appendix  D,  suggest  the  identity 
of  the  acid.  Do  both  the  molecular  weight  and  Ka  value 
agree  with  your  choice? 

17.98  A  sample  of  7.5  L  of  NH-,  gas  at  22  C  and  735  torr  is  bub- 
bled into  a  0.50-L  solution  of  0.40  M  HCI.  Assuming  that 

all  the  NH?  dissolves  and  that  the  volume  of  the  solu- 
tion remains  0.50  L,  calculate  the  pH  of  the  resulting 

solution. 

17.99  Aspirin  has  the  structural  formula 

O 

O  — C— CH3 

<^ — C — OH 
o 

At  body  temperature  (37°C),  K„  for  aspirin  equals 
3  x  10  .  If  two  aspirin  tablets,  each  having  a  mass  of 
325  mg,  are  dissolved  in  a  full  stomach  whose  volume  is 
1  L  and  whose  pH  is  2,  what  percent  of  the  aspirin  is  in 
the  form  of  neutral  molecules? 

17.100  What  is  the  pH  at  25°C  of  water  saturated  with  C02  at  a 

partial  pressure  of  1.10  arm?  The  Henry's  law  constant 
for  CO:  at  25  C  is  3.1  X  10  2  mol  L-atm.  The  CO:  is  an 
acidic  oxide,  reacting  with  H20  to  form  H2COv 

17.101  The  osmotic  pressure  of  a  saturated  solution  of  stron- 
tium sulfate  at  25CC  is  21  torr.  What  is  the  solubility 

product  of  this  salt  at  25  C? 
17.102  A  concentration  of  10-100  parts  per  billion  (by  mass)  of 

Ag+  is  an  effective  disinfectant  in  swimming  pools.  How- 
ever, if  the  concentration  exceeds  this  range,  the  Ag  *  can 

cause  adverse  health  effects.  One  way  to  maintain  an  ap- 

propriate concentration  of  Ag^  is  to  add  a  slightly  soluble 
salt  to  the  pool.  Using  Ks„  values  from  Appendix  D,  calcu- 

late the  equilibrium  concentration  of  Ag^  in  parts  per  bil- lion that  would  exist  in  equilibrium  with  (a)  AgCl, 
(b)  AgBr,  (c)  Agl. 

[17.1031  Fluoridation  of  drinking  water  is  employed  in  many 
places  to  aid  in  the  prevention  of  dental  caries.  Typically 

the  F~  ion  concentration  is  adjusted  to  about  1  ppb. 
Some  water  supplies  are  also  "hard";  that  is,  they  contain 
certain  cations  such  as  Ca~"  that  interfere  with  the  action 

of  soap.  Consider  a  case  where  the  concentration  of  Ca~" is  8  ppb.  Could  a  precipitate  of  CaF2  form  under  these 
conditions?  (Make  any  necessary  approximations.) 

eMEDIA  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  comes  in  your  MediaPak. 

17.104  The  Common-Ion  Effect  animation  (27.2)  shows  the  sol- 
ubility of  an  iodide  salt  being  reduced  by  the  addition  of 

sodium  iodide,  (a)  How  would  you  expect  the  solubility 
of  the  salt  to  be  affected  by  the  addition  of  a  strong  acid? 

(b)  1  low  would  you  expect  it  to  be  affected  by  the  addi- 
tion of  a  strong  base?  Explain  your  reasoning  for  both 

answers. 

17.105  (a)  Using  data  from  the  Calculating  pH  Using 

Henderson-Hasselbalch  Equation  activity  (17.2),  de- 
termine the  pK  ,  of  benzoic  acid  (C(1H=;C02H).  (b)  Using 

the  pKa  that  \  mi  deti  rmined  in  part  (a),  calculate  the  pH 
of  a  0.0015  Al  aqueous  solution  of  benzoic  acid,  (c)  Will 
the  pi  I  of  the  solution  in  part  (b)  change  if  it  is  diluted 
with   water  to  twice  its  original   volume?  Explain. 

(d)  Will  the  pH  of  a  buffer  change  when  it  is  diluted 
with  water  to  twice  its  original  volume?  If  not,  explain 

why  not. 
17.106  In  Exercise  17.21  you  calculated  the  pH  of  a  buffer  pre- 

pared by  adding  20.0  g  each  of  acetic  acid  and  sodium 
acetate  to  enough  water  to  make  a  2.00-L  solution. 
(a)  Use  the  Calculating  pH  Using  Henderson- 
Hasselbalch  Equation  activity  (27.2)  to  prepare  this 
buffer  and  verify  your  answer  to  Exercise  17.21. 
(b)  Describe  what  is  meant  by  the  term  buffer  capacity. 
(c)  Of  which  could  you  add  more  to  the  above  buffer 
without  causing  a  drastic  change  in  pH,  strong  acid  or 
strong  base? 

17.107  The  Dissolution  of  Mg(OH)2  by  Acid  animation  (2  7.5) 
shows  how  the  relatively  insoluble  solid  Mg(OH)2  can 
be  made  more  soluble  in  water  by  the  addition  of  acid, 
(a)  Write  the  net  ionic  equation  for  the  process  by  which 
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magnesium  hydroxide  dissolves  in  neutral  water, 
(b)  Write  the  net  ionic  equation  for  the  combination  of 

two  hydronium  ions  with  two  hydroxide  ions,  (c)  Show- 
that  the  net  ionic  equations  in  parts  (a)  and  (b)  add  to 
give  the  overall  net  ionic  equation  shown  in  the  anima- 

tion, (d)  Calculate  the  equilibrium  constant  for  the 
process  represented  by  the  overall  net  ionic  equation 
(i.e.,  dissolution  of  magnesium  hydroxide  in  aqueous 

acid),  (e)  Determine  the  solubility  of  magnesium  hy- 
droxide in  0.010  M  HO. 

eLABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  and  skills 
for  this  chapter  in  the  simulated  laboratory  of  Virtual  ChemLab. 
Worksheets  for  each  of  these  exercises  are  found  in  the  Virtual 

ChemLab  Workbook  in  your  MediaPak. 
17.108  (VCL  17-1)  StmU/  of  Acid-Base  Titrations:  Monoprotic 

Acids 

Titrations  provide  a  method  of  quantitatively  measuring 
the  concentration  of  an  unknown  solution.  In  an  acid- 
base  titration  this  is  done  by  delivering  a  titrant  ol 
known  concentration  into  an  analyte  of  known  volume. 
(The  concentration  of  an  unknown  titrant  can  also  be  de- 

termined by  titration  with  an  analyte  ol  known  concen- 
tration and  volume.)  Titration  curves  (graphs  of  volume 

versus  pH)  have  characteristic  shapes.  Bv  comparison, 
the  graph  can  be  used  to  determine  the  strength  or  weak- 

ness of  an  acid  or  base.  I  he  equiv  a  lent  e  point  ol  the  titra- 
tion, or  the  point  where  the  analvte  has  been  completelv 

consumed  bv  the  titrant,  is  identified  by  the  point  where 
the  pH  changes  rapidly  over  a  small  volume  of  titrant 
delivered.  In  this  assignment  you  will  observe  this  titra- 

tion curve  by  titrating  the  strong  acid  MCI  with  the 
strong  base  NaOI  I. 

17.109  (VCL  17-2)  Weak  Acid-Strong  Base  Titrations 
In  this  assignment  you  will  observe  a  titration  curve  as- 

sociated with  a  weak  acid  and  strong  base  by  titrating 
the  acid  CH3COOH  (acetic  acid)  with  the  base  NaOH. 
You  will  also  predict  the  pi  I  at  the  equiv  alence  point, 
validate  your  prediction  experimentally,  and  calculate 
the  equilibrium  constant  for  the  neutralization  reaction. 

17.110  (VCL  17-3)  Strong  Acid-Weak  Base  Titrations 
In  this  assignment  you  will  observe  a  titration  curve  as- 

sociated with  a  strong  acid  and  weak  base  bv  titrating 
the  weak  base  NaHCOi  (baking  soda)  with  the  strong 
acid  HC1.  You  will  also  predict  the  pl  l  at  the  equivalence 

point,  validate  your  prediction  experimentally,  and  cal- 
culate the  equilibrium  constant  tor  the  neutralization 

reaction. 

17.111  (VCL  17-4)  Weak  Acid-Weak  Base  Titrations 

In  this  assignment  you  will  observe  a  titration  curve  as- 
sociated with  a  weak  acid  and  weak  base  by  titrating  the 

acid  CH3COOH  (acetic  acid)  w  ith  the  weak  base  NH3. 
You  will  also  predict  the  pH  at  the  equivalence  point, 
validate  your  prediction  experimentally,  and  calculate 
the  equilibrium  constant  for  the  neutralization  reaction. 

17.112  (VCL  17-5)  Study  of  Acid-Base  Titrations:  Polyprotic 
Acids 

Titrations  provide  a  method  of  quantitatively  measur- 
ing the  concentration  of  an  unknown  solution.  The 

equivalence  point  of  the  titration,  or  the  point  when' 
the  analvte  has  been  completelv  consumed  by  the 
titrant,  is  identified  by  the  point  where  the  pll  changes 

rapidly  over  a  small  volume  ot  titrant  delivered.  For 

polyprotic  acids,  there  will  be  multiple  equivalence- 
points.  In  this  assignment  you  w  ill  observe  a  polyprotic 
acid  titration  curve  by  titrating  the  acid  I I2SO3  with  the 
strong  base  Na(  )I  I. 

17.113  (VCL  17-6)  Acid-Base  Standardization 
In  this  assignment  vou  will  determine  the  molarity  of  an 

unknown  solution  of  NaOI  I  by  titrating  against  a  pri- 

mary standard,  potassium  hydrogen  phthalate  (KHI'). 
17.114  (VCL  17-7)  Analysis  of  Baking  Soda 

In  this  assignment  you  will  determine  the  mass  percent  of 
an  unknown  sample  of  baking  soda  (NaHCO^)  by  titrat- 

ing with  an  NaOI  l  solution  ol  known  concentration. 
17.1 15  (VCL  17-S)  Identification  of  Cations  in  Solution:  Flame 

Tests 

The  process  of  determining  the  composition  ol  a  sample 
by  conducting  chemical  tests  is  called  qualitative  analy- 

sis. By  using  the  appropriate  tests  and  applying  logic, 
the  identities  ot  the  ions  present  in  an  unknown  solution 
i  .in  be  determined.  A  qualitativ  e  analysis  scheme  is  typ- 

ically made  up  of  a  systematic  set  of  chemical  reactions 
where  a  certain  subset  of  the  ions  present  in  the  solution 
are  selectively  precipitated  and  removed.  The  colors  of 
the  precipitates  and  solutions  prov  ide  the  means  to 
identify  the  ions  present.  Flame  tests  are  also  used  to 
identify  certain  ions  that  are  difficult  to  identify  chemi- 

cally. In  this  assignment  you  w  ill  learn  how  flame  tests 
are  used  to  identify  the  cations  Na  and  K  .  As  you 

complete  this  analysis,  remember  that  careful  observ  a- 
tion and  logic, ll  reasoning  are  the  keys  to  a  successful 

qualitative  analysis. 
17.116  (VCL   17-9)   Identification   of  Cations   in  Solution: 

Ag+,  Hg22+,  Pb2+ 
In  this  assignment  you  will  learn  the  basic  s  of  a  qualita- 

tive analysis  scheme  bv  performing  an  analysis  on  a 

mixture  of  Ag  ,  Hg^"  ,  and  Pb"  . 
17.117  (VCL  17-10)  Identification  of  Cations  in  Solution: 

Co1+,  Cr- 
CtC 

In  this  assignment  you  will  learn  the  basics  ol  a  qualita- 
tive analysis  scheme  by  performing  an  analysis  on  a 

mixture  ot  Co"  ,  C  r "  ,  and  Or 
17.118  (VCL   17-11)   Identification   of  Cations   in  Solution: Ihr 

Sr2+,  Ca2+,  Mg2' In  this  assignment  you  will  need  to  develop  your  own 
qualitative  analysis  sc  heme  to  separate  and  identify  the 

group  II  cations  I5a    ,  Sr~  ,  Ca~  ,  and  Mg"  . 
17.119  (VCL   17-12)   Identification   of  Cations   in  Solution: 

Co2+,  C/r+,  Ni2  + In  this  assignment  you  will  need  to  develop  your  own 
qualitative  analysis  st  heme  to  separate  and  identify  the 

transition-metal  cations  Co"  ,  Cu   ,  and  Nr ' . 
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WHAT'S  AHEAD 

•  This  chapter  begins  with  a  general 

look  at  Earth's  atmosphere.  We'll 
study  the  temperature  profile  of  the 
atmosphere,  its  pressure  profile,  and 
its  chemical  composition. 
(Section  18.1) 

•  The  outer  regions  of  the  atmosphere, 
where  the  pressure  is  very  low, 

absorb  a  great  deal  of  high-energy 
radiation  from  the  Sun  through 

photoionization  and  photodissociation 
reactions.  Bv  filtering  out  high- 
energy  radiation,  these  processes 
make  it  possible  for  life  as  we  know 
it  to  exist-on  Earth.  (Section  IS. 2) 

•  Ozone  in  the  stratosphere  acts  as  a 
filter  of  high-energy  ultraviolet  light. 
Human  activities  have  contributed 

to  the  depletion  of  the  ozone  layer 
by  introducing  into  the  stratosphere 
chemicals  that  perturb  the  natural 
cycle  of  ozone  formation  and 
decomposition.  Notable  among 
these  are  chlorofluorocarbons. 
(Section  IS. 3) 

•  The  innermost  region  of  the 
atmosphere,  the  troposphere,  is  the 
region  in  which  we  live.  Many 
minor  constituents  of  the 

troposphere  affect  air  quality 
and  the  acidity  of  rainwater.  The 
concentrations  of  many  of  these 
minor  constituents,  including 
those  that  cause  acid  rain  and 

photochemical  smog,  have  been 
increased  by  human  activities. 

(Section  ISA) 

•  Carbon  dioxide  is  an  important 
minor  constituent  of  the  atmosphere 

because  it  acts  as  a  "greenhouse"  gas; 

that  is,  it  causes  a  warming  of  Earth's 
atmosphere.  The  combustion  of  fossil 
fuels  (coal,  oil,  and  natural  gas)  is 

projected  to  cause  a  doubling  of 
atmospheric  C02  concentration  over 
the  estimated  preindustrial  level  by 
about  2050.  This  doubling  is  expected 
to  cause  significant  warming  of  the 
atmosphere,  with  attendant  climatic 
changes.  (Section  18.4) 

Almost  all  the  water  on  Earth  is  in 
the  world  ocean.  Seawater  contains 

many  salts  that  participate  in  the 

global  cycling  of  the  elements  and 
nutrients.  (Section  18.5) 

Processing  seawater  to  obtain  fresh 

water  is  energy-intensive.  We  count 
on  freshwater  sources  to  supply 

most  of  our  needs,  but  these  sources 

often  require  treatment  to  render 
them  usable.  (Section  18.6) 

Green  chemistry  is  an  international 
initiative  to  make  all  industrial 

products,  processes,  and  chemical 
reactions  compatible  with  a 
sustainable  society  and 

environment.  We'll  examine 
some  reactions  and  processes 
in  which  the  goals  of  green 
chemistry  can  be 
advanced.  (Section  18.7) 



Chemistry 

of  the  Environment 

IN  1992  REPRESENTATIVES  OF  172  COUNTRIES  MET  IN  RIO  DE  JANEIRO, 

Brazil,  for  the  United  Nations  Conference  on  Envi- 

ronment and  Development — a  conference  that  be- 

came known  as  the  Earth  Summit.  Five  years 

later,  in  December  1997,  representatives  of  130 

nations  met  in  Kyoto,  Japan,  to  discuss  the  impact  of  human  activ  ities 
on  global  warming.  Out  of  that  meeting  came  an  initiative  to  work 
toward  a  global  treaty  that  would,  among  other  things,  spell  out 
actions  to  be  taken  to  reduce  emissions  of  gases  that  cause  global 

warming.  In  July  2001  in  Bonn,  Germany,  178  nations  signed  a 

treaty  based  on  the  so-called  Kyoto  Protocols.*  These  efforts 
to  address  environmental  concerns  at  the  international  level 

indicate  that  many  ot  the  most  urgent  environmental 

problems  are  global  in  nature. 

The  economic  growth  of  both  developed  and  un- 
derdeveloped nations  depends  critically  on  chemical 

processes.  These  range  from  treatment  of  water 

supplies  to  industrial  processes,  some  of  which 

produce  products  or  by-products  that  are  harm- 
ful to  the  environment.  We  are  now  in  a  posi- 

es     tion  to  apply  the  principles  we  have  learned 
in  earlier  chapters  to  an  understanding 

of  these  processes.  In  this  chapter  we  con- 
sider some'  aspects  ot  the  chemistry  of 

our  environment,  focusing  on  Earth's 
atmosphere  and  water. 

Both  the  air  and  water  ot  our 

planet  make  life  as  we  know  it 

possible.  Water  crystallizes  to  ice 
high   in   the  atmosphere,  and 

plays  an   important  role  in 

rhe  I  nited  States,  almost  alone 
among  nations,  refused  to  sign the  treaty. 

RIO  DE  JANEIRO 
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chemical  reactions  in  the  atmosphere.  In  order  to  understand  and  maintain 
the  environment  in  which  we  live,  we  must  understand  how  human-made 

and  natural  chemical  compounds  interact  on  land,  sea,  and  sky.  Our  daily  de- 
cisions as  consumers  mirror  those  of  the  leaders  meeting  in  Bonn  and  similar 

international  meetings:  We  must  weigh  the  costs  versus  the  benefits  of  our  ac- 
tions. Unfortunately,  the  environmental  impacts  of  our  decisions  are  often 

very  subtle  and  not  immediately  evident. 

18.1  I  Earth's  Atmosphere 

▼  Figure  18.1   Temperature  and  pressure 
in  the  atmosphere,  (a)  Temperature  variations 
in  the  atmosphere  at  altitudes  below  1 10  km. 
(b)  Variations  in  atmospheric  pressure  with 
altitude.  At  80  km  the  pressure  is  approximately 
0.01  torn 

110 

100 

90 

80 

70 

H  60 

■~  30 

41) 

30 

2i) 
-Tropopause 

Troposphere 

170    190   210   230   250   270  290 

Temperature  (K) 

Because  most  of  us  have  never  been  verv  far  from  Earth's  surface,  we  tend  to 
take  for  granted  the  many  ways  in  which  the  atmosphere  determines  the  envi- 

ronment in  which  we  live.  In  this  section  we  will  examine  some  of  the  impor- 

tant characteristics  of  our  planet's  atmosphere. 
The  temperature  of  the  atmosphere  varies  in  a  complex  manner  as  a  func- 
tion of  altitude,  as  shown  in  Figure  18.1(a)  T.  The  atmosphere  is  divided  into 

four  regions  based  on  this  temperature  profile.  Just  above  the  surface,  in  the 
troposphere,  the  temperature  normally  decreases  with  increasing  altitude, 
reaching  a  minimum  of  about  215  K  at  about  12  km.  Nearly  all  of  us  live  out 
our  entire  lives  in  the  troposphere.  Howling  winds  and  soft  breezes,  rain, 

sunny  skies — all  that  we  normally  think  of  as  "weather" — occur  in  this  re- 
gion. Commercial  jet  aircraft  typically  fly  about  10  km  (33,000  ft)  above  Earth, 

an  altitude  that  approaches  the  upper  limit  of  the  troposphere,  which  we  call 

the  tropopause. 
Above  the  tropopause  the  temperature  increases  with  altitude,  reaching  a 

maximum  of  about  275  K  at  about  50  km.  The  region  from  10  km  to  50  km  is 

called  the  stratosphere.  Beyond  the  strato- 
sphere are  the  mesosphere  and  the  thermosphere. 

Notice  in  Figure  18.1  that  the  temperature  ex- 
tremes that  form  the  boundaries  between  ad- 

jacent regions  are  denoted  by  the  suffix  -pause. 
The  boundaries  are  important  because  gases 

mix  across  them  relatively  slowly.  For  exam- 

ple, pollutant  gases  generated  in  the  tropo- 
sphere find  their  way  into  the  stratosphere 

only  very  slowly. 

Unlike  temperature,  the  pressure  of  the  at- 
mosphere decreases  in  a  regular  way  with  in- 

creasing elevation,  as  shown  in  Figure  18.1(b). 

Atmospheric  pressure  drops  off  much  more 
rapidly  at  lower  elevations  than  at  higher  ones 

because  of  the  atmosphere's  compressibility. 
Thus,  the  pressure  decreases  from  an  average 
value  of  760  torr  (101  kPa)  at  sea  level  to 

2.3  x  10^3  torr  (3.1  x  10"4  kPa )  at  100  km,  to 

only  1.0  X  10-6  torr  (1.3  x  10"7  kPa)  at 
200  km.  The  troposphere  and  stratosphere  to- 

gether account  for  99.9%  of  the  mass  of  the  at- 
mosphere, with  75%  of  the  mass  in  the 

troposphere. 
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18.1 Earth's  Atmosphere Tl 

Composition  of  the  Atmosphere 

The  atmosphere  is  an  extremely  complex  system.  Its  temperature  and  pressure 
change  over  a  wide  range  with  altitude,  as  we  have  just  seen.  The  atmosphere  is 
bombarded  by  radiation  and  energetic  particles  from  the  Sun.  This  barrage  of 

energy  has  profound  chemical  effects,  especially  on  the  outer  reaches  of  the  at- 

mosphere (Figure  18.2  ► ).  In  addition,  because  of  Earth's  gravitational  field, 
lighter  atoms  and  molecules  tend  to  rise  to  the  top.  This  is  especially  true  in  the 
stratosphere  and  upper  layers,  which  are  not  as  turbulent  as  the  troposphere.  As 
a  result  of  all  these  factors,  the  composition  ot  the  atmosphere  is  not  uniform. 

Table  18.1  ▼  shows  the  composition  by  mole  fraction  of  dry  air  near  sea 
level.  Although  traces  of  many  substances  are  present,  N2  and  02  make  up 
about  99%  of  the  atmosphere.  The  noble  gases  and  C02  make  up  most  ot  the 
remainder. 

When  speaking  of  trace  constituents,  we  commonly  use  parts  per  million 

(ppm)  as  the  unit  of  concentration.  When  applied  to  substances  in  aqueous  so- 
lution, parts  per  million  refers  to  grams  of  substance  per  million  grams  of  solu- 

tion. When  dealing  with  gases,  however,  one  part  per  million 

refers  to  one  part  by  volume  in  1  million  volume  units  of  the  whole.  Because  vol- 
ume (V)  is  proportional  to  the  number  of  moles  n  of  gas  via  the  ideal-gas  equa- 
tion (PV  =  nRT),  volume  fraction  and  mole  traction  are  the  same.  Thus,  1  ppm 

of  a  trace  constituent  of  the  atmosphere  amounts  to  one  mole  of  that  constituent 
in  1  million  moles  of  total  gas;  that  is,  the  concentration  in  ppm  is  equal  to  the 

mole  fraction  times  10*'.  Table  18.1  lists  the  mole  traction  of  CQ2  in  the  atmo- 

sphere as  0.000375.  Its  concentration  in  ppm  is  therefore  0.000375  X  106  = 
375  ppm. 

Before  we  consider  the  chemical  processes  that  occur  in  the  atmosphere, 

let's  review  some  of  the  important  chemical  properties  of  the  two  major  com- 
ponents, N2  and  02.  Recall  that  the  N2  molecule  possesses  a  triple  bond  be- 

tween the  nitrogen  atoms.  This  very  strong  bond  is  largely 
responsible  for  the  very  low  reactivity  of  N2,  which  undergoes  reaction  only 

under  extreme  conditions.  The  bond  energy  in  02,  445  kj/mol,  is  much  lower 

than  that  in  N2,  which  is  L»41  kj/mol.  Therefore,  02  is  much 
more  reactive  than  N2.  For  example,  oxygen  reacts  with  many  substances  to 

form  oxides.  The  oxides  of  nonmetals,  for  example  S02,  usually  form  acidic  so- 

lutions when  dissolved  in  water.  The  oxides  of  active  metals,  for  example  C'aO, form  basic  solutions  when  dissolved  in  water. 

▲  Figure  18.2   The  aurora  borealis.  This 
luminous  display  in  the  northern  sky,  also  called 
the  northern  lights,  is  produced  by  collisions  of 
high-speed  electrons  and  protons  from  the  Sun 
with  air  molecules.  The  charged  particles  are 

channeled  toward  the  polar  regions  by  Earth's 
magnetic  field. 

TABLE  18.1    Composition  of  Dry  Air  Near  Sea  Level 

Component*  Content  (mole  fraction)  Molar  Mass 

Nitrogen 0.78084 28.013 

Oxygen 0.20948 3 1 .998 

Argon 0.00934 39.948 
Carbon  dioxide 0.000375 44.0099 
Neon 0.00001818 

20. 1 83 

Helium 0.00000524 
4.003 

Methane 0.000002 16.043 

Krypton 0.00000114 83.80 

Hydrogen 0.0000005 2.0159 
Nitrons  oxide 0.0000005 44.0128 
Xenon 0.000000087 131.30 

'Ozone,  sulfur  dioxid( nitrogen  dioxide,  ammonia, and  carbon  monoxide  are  present  as 
trace  gases  in  variable ami  >unts. 
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Mi  SAMPLE  EXERCISE  18.1  |  Calculating  the  Concentration  of  Water  in  Air 

What  is  the  concentration,  in  parts  per  million,  of  water  vapor  in  a  sample  of  air  if  the  partial  pressure  of  the  water  is  0.80  torr  and 
the  total  pressure  of  the  air  is  735  ton  ? 

Solution 

Analyze:  We  are  given  the  partial  pressure  of  water  vapor  and  the  total  pressure  of  an  air  sample  and  asked  to  determine  the 
water  vapor  concentration. 

Plan:  Recall  that  the  partial  pres- 
sure of  a  component  in  a  mixture  of 

gases  is  given  by  the  product  of  its 
mole  fraction  and  the  total  pressure 

of  the  mixture  PH20  =  Xh2°P> 

Solve:  Solving  for  th  e  mole  fraction  p 
of  water  vapor  in  the  mixture,  Xh2Oz  Xh  q  =  — —  =  — — —  =  0  0011 
gives:  P<        735  torr 

The  concentration  in  ppm  is  the 

mole  fraction  times  106:  0.0011  x  10'1  =  1100  ppm 

■■  PRACTICE  EXERCISE 

The  concentration  of  CO  in  a  sample  of  air  is  found  to  be  4.3  ppm.  What  is  the  partial  pressure  of  the  CO  if  the  total  air  pressure 
is  695  torr? 

Answer:  3.0  X  10~3  torr 

▼  Figure  18.3  The  solar  spectrum.  Shown 
in  this  graph  is  the  amount  of  sunlight  (in  light 
energy  per  area  per  time,  known  as  flux)  at 
different  wavelengths  that  reaches  the  top  of 

Earth's  atmosphere.  For  comparison,  the 
corresponding  data  for  the  amount  of  sunlight 
that  reaches  sea  level  is  plotted.  The  atmosphere 
absorbs  much  of  the  ultraviolet  and  visible  light 
emitted  by  the  Sun. 

Solar  spectrum  outside  atmosphere 

Solar  spectrum  at  sea  level 

Ultrav'io'lt 

l  [() 
in 

18.2  |  Outer  Regions  of  the  Atmosphere 

Although  the  outer  portion  of  the  atmosphere,  beyond  the  stratosphere,  con- 
tains only  a  small  fraction  of  the  atmospheric  mass,  it  forms  the  outer  defense 

against  the  hail  of  radiation  and  high-energy  particles  that  continuously  bom- 
bard Earth.  As  the  bombarding  molecules  and  atoms  pass  through  the  upper 

atmosphere,  they  undergo  chemical  changes. 

Photodissociation 

The  Sun  emits  radiant  energy  over  a  wide  range  of  wavelengths  (Figure  18.3  A). 

The  shorter-wavelength,  higher-energy  radiations  in  the  ultrav  iolet  range  of  the 

spectrum  are  sufficiently  energetic  to  cause  chemical  changes.  Recall  that  electro- 
magnetic radiation  can  be  pictured  as  a  stream  of  photons.  The 

energy  of  each  photon  is  given  by  the  relationship  £  =  hv,  where  //  is  Planck's  con- 
stant and  v  is  the  frequency  of  the  radiation.  For  a  chemical  change  to  occur  when 

radiation  falls  on  Earth's  atmosphere,  two 
conditions  must  be  met.  First,  there  must 

be  photons  with  energy  sufficient  to  ac- 
complish whatever  chemical  process  is 

being  considered.  Second,  molecules 
must  absorb  these  photons.  When  these 
requirements  are  met,  the  energy  of  the 

photons  is  converted  into  some  other 
form  of  energy  within  the  molecule. 

The  rupture  of  a  chemical  bond  re- 
sulting from  absorption  of  a  photon  by  a 

molecule  is  called  photodissociation.  No 
ions  are  formed  when  the  bond  between 

two  atoms  is  cleaved  by  photodissocia- 
tion. Instead,  half  the  bonding  electrons 

stay  with  one  of  the  atoms  and  half  stay 
with  the  other  atom.  The  result  is  two 

neutral  particles. 
.4  ■  in  "  1.8  •  in 
Wavelength,  m 

3  >  m 
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One  of  the  most  important  processes  occurring  in  the  upper  atmosphere 

above  about  12()-km  elevation  is  the  photodissociation  of  the  oxygen  molecule: 

:p=Q!  +  hv   >    :Q  +  O-  [  18.1] 

The  minimum  energy  required  to  cause  this  change  is  determined  by  the  bond 

energy  (or  dissociation  energy)  of  Oi,  495  kj  mol.  In  Sample  Exercise  IS. 2  we  cal- 
culate the  longest  wavelength  photon  having  sufficient  energy  to  photodissoci- 

ate  the  ()->  molecule. 

H  SAMPLE  EXERCISE  18.2  |  Calculating  the  Wavelength  Required  to  Break  a  Bond 

What  is  the  maximum  wav  elength  of  light,  in  nanometers,  that  has  enough  energy  per  photon  to  dissociate  the  Oi  molecule? 

Solution 

Analyze:  We  are  asked  to  determine  the  wavelength  of  a  photon  that  has  just  sufficient  energ)  to  break  the  0=0  double  bond 
in  O2. 

Plan:  We  first  need  to  calculate  the  energy  required  to  break  the  0  =  0  double  bond  in  one  molecule,  then  find  the  wavelength 
of  a  photon  of  this  energy. 

Solve:  The  dissociation  energ)  of 
02  is  495  kJ/mol.  Using  this  value 

and  Avogadro's  number,  we  can  cal- culate the  amount  of  eneriry  needed  ,  ,  ./  ,  , ,  .  .  /  ,  J  \/  1  mol 
lo  brr.ik    the  biiiK     in  ,1  smi' C  O-,                 AQ<^  y  in*  — to  break  the  bond  in  a  single  02  49S  '  10  -    =  K.22  •  ID 
molecule:  V  mol /\ 6.022  X  10"1  molecules  /  molecule 

We  next  use  the  Planck  relationship, 
£  =  hv,  to  calcu- 

late the  frequency,  v,  of  a  photon 

that  has  this  amount  of  energy:  A. 626  X  10  M  J -s 

E  =  hv,  tocalcu-  £       g  22  x  1Q  19  j late  the  frequency,  v,  ot  a  photon  =  -  =  ].?4  X  10  s 

Finally,  we  use  the  relationship  be- 
tween the  frequency  and  wave- 

length of  light  to 
3.00  •   Hf  m/s  \/  10"  nm 

calculate    the   wavelength   of   the  A  =     =  1        1U  ""'     =  041  nm 
light:  v      \  1.24  x  10ls/s  h    1  m  / 

Thus,  light  of  wavelength  242  nm,  which  is  in  the  ultraviolet  region  of  the  electromagnetic  spectrum,  has  sufficient  energy  per 
photon  to  photodissociate  an  02  molecule.  Because  photon  energy  increases  as  wavelength  dci  ivnv>.  any  photon  ot  wavelength 
shorter  than  242  nm  will  have  sufficient  energy  to  dissociate  Oi. 

■■  PRACTICE  EXERCISE 

The  bond  energy  in  N2  is  941  kj/mol  (Table  <S.4).  What  is  the  longest  wavelength  a  photon  can  have  and  still  have  sufficient  ener- 
gy to  dissociate  N2? 

Ansxver:  127  nm 

Fortunately  for  us,  Ot  absorbs  much  of  the  high-energy,  short-wavelength 
radiation  from  the  solar  spectrum  before  that  radiation  reaches  the  lower  .it- 

mosphere. As  it  does,  atomic  oxygen,  :0,  is  formed.  At  higher  elev  ations  the 
dissociation  of  02  is  very  extensive.  At  400  km,  for  example,  only  1%  of  the  oxygen 
is  in  the  form  of  02:  the  other  99%  is  atomic  oxygen.  At  130  km,  02  and  :Q 
are  just  about  equally  abundant.  Below  130  km,  02  is  more  abundant  than 
atomic  oxygen  because  most  of  the  solar  energy  has  been  absorbed  in  the  upper 
atmosphere. 

The  dissociation  energy  of  N2  is  very  high  (Table  S.4).  As  shown  in  the 

Practice  Exercise  in  Sample  Exercise  18.2,  only  photons  of  very  short  wav  e- 
length possess  sufficient  energy  to  dissociate  N2.  Furthermore,  N2  does  not 

readily  absorb  photons,  even  when  they  possess  sufficient  energy.  As  a  re- 
sult, very  little  atomic  nitrogen  is  formed  in  the  upper  atmosphere  by  pho- 

todissociation of  N2. 
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TABLE  18.2    Ionization  Processes,  Ionization  Energies, 
and  Maximum  Wavelengths  Capable  of  Causing  Ionization 

Process 
Ionization  Energy 

(kj/mol) 
A,llilv(nm) 

N2  +  hv — >  N2"  +  e" 
1495 80.1 

02  +  hv — »  02+  +  e" 
1205 99.3 

O  +  hv  >  O4  +  e 1313 91.2 

NO  +  h 
v   ►  NO*  +  e~ 

890 134.5 

Photoionization 

In  1901  Guglielmo  Marconi  received  a  radio  signal  in 

St.  John's,  Newfoundland,  that  had  been  transmitted 

from  Land's  End,  England,  some  2900  km  away.  Be- 
cause radio  waves  were  thought  to  travel  in  straight 

lines,  it  had  been  assumed  that,  because  of  the  curva- 

ture of  Earth's  surface,  radio  communication  over 
large  distances  on  Earth  would  be  impossible.  Mar- 

coni's successful  experiment  suggested  that  Earth's 
atmosphere  in  some  way  substantially  affects  radio- 

wave  propagation.  His  discovery  led  to  intensive  study  of  the  upper  atmo- 
sphere. In  about  1924  the  existence  of  electrons  in  the  upper  atmosphere  was 

established  by  experimental  studies. 

For  each  electron  present  in  the  upper  atmosphere,  there  must  be  a  corre- 

sponding positively  charged  particle.  The  electrons  in  the  upper  atmosphere  re- 
sult mainly  from  the  photoionization  of  molecules,  caused  by  solar  radiation. 

Photoionization  occurs  when  a  molecule  absorbs  radiation  and  the  absorbed 

energy  causes  an  electron  to  be  ejected  from  the  molecule.  The  molecule  then 
becomes  a  positively  charged  ion.  For  photoionization  to  occur,  therefore,  a 

molecule  must  absorb  a  photon  and  the  photon  must  have  enough  energy  to  re- 
move an  electron. 

Some  of  the  more  important  ionization  processes  occurring  in  the  atmo- 
sphere above  about  90  km  are  shown  in  Table  18.2  ▲,  together  with  the  ioniza- 

tion energies  and  Amax,  the  maximum  wavelength  of  a  photon  capable  of 
causing  ionization.  Photons  with  energies  sufficient  to  cause  ionization  have 

wavelengths  in  the  high-energy  end  of  the  ultraviolet  region  of  the  electromag- 
netic spectrum.  These  wavelengths  are  completely  filtered  out  of  the  radiation 

reaching  Earth,  because  they  are  absorbed  by  the  upper  atmosphere. 

18.3  |  Ozone  in  the  Upper  Atmosphere  

While  N2,  O2,  and  atomic  oxygen  absorb  photons  having  wavelengths  shorter 
than  240  11111,  ozone,  O3,  is  the  key  absorber  of  photons  having  wavelengths 

ranging  from  240  to  310  nm.  Let's  consider  how  ozone  forms  in  the  upper  at- 
animation  mosphere  and  how  it  absorbs  photons. 

Stratospheric  Ozone  Below  an  altitude  of  90  km,  most  of  the  short-wavelength  radiation  capable 
of  photoionization  has  been  absorbed.  Radiation  capable  of  dissociating  the  O2 

molecule  is  sufficiently  intense,  however,  for  photodissociation  of  O2  (Equa- 
tion 18.1)  to  remain  important  down  to  an  altitude  of  30  km.  In  the  region  be- 

tween 30  and  90  km,  the  concentration  of  02  is  much  greater  than  that  of  atomic 

oxygen.  Therefore,  the  :Q  atoms  that  form  in  this  region  undergo  frequent  col- 
lisions with  02  molecules,  resulting  in  the  formation  of  ozone,  O3: 

:5  +  Q2   >   03*  [is. 2] 

The  asterisk  over  the  O3  denotes  that  the  ozone  molecule  contains  an  excess 

of  energy.  The  reaction  in  Equation  18.2  releases  105  kj/mol.  This  energy 

must  be  transferred  away  from  the  O3*  molecule  in  a  very  short  time  or  else 
the  molecule  will  fly  apart  again  into  02  and  :Q — a  decomposition  that  is 

the  reverse  of  the  process  by  which  O3*  is  formed. 
An  energy-rich  O3*  molecule  can  release  its  excess  energy  by  colliding  with 

another  atom  or  molecule  and  transferring  some  of  the  excess  energy  to  it.  Let's 
represent  the  atom  or  molecule  with  which  O3*  collides  as  M.  (Usually  M  is  N2 
or  02  because  these  are  the  most  abundant  molecules  in  the  atmosphere.)  The 
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formation  of  O^*  and  the  transfer  of  excess  energy  to  \1  are  summarized  by  the 
equations  (where  O  atoms  are  shown  without  valence  electrons) 

0(g)  +  02(g)  —  03*(g)  [18.3] 

03*(g)  +  M(g)   »  03(g)  +  M*(g)  1 18.4] 

0(g)  +  Oz(g)  +  M(g)          03(g)  +  M*(g)  [18.5] 

The  rate  at  which  03  forms  according  to  Equations  18.3  and  IS. 4  depends 
on  two  factors  that  vary  in  opposite  directions  with  increasing  altitude.  First, 

the  formation  of  03*,  according  to  Equation  18.3,  depends  on  the  presence  of  O 
atoms.  At  low  altitudes  most  of  the  radiation  energetic  enough  to  dissociate  02 
has  been  absorbed;  thus,  the  formation  of  O  is  favored  at  higher  altitudes. 

Second,  both   Equations   18.3  and    IS. 4  depend   on   molecular  collisions. 
(Section  I  I.t)  The  concentration  of  molecules  is  greater  at  low  altitudes, 

however,  and  so  the  frequency  of  collisions  between  O  and  Q2  (Equation  18.3) 

and  between  03*  and  M  (Equation  IS. 4)  are  both  greater  at  lower  altitudes.  Be- 
cause these  processes  vary  with  altitude  in  opposite  directions,  the  highest  rate 

of  formation  occurs  in  a  band  at  an  altitude  of  about  50  km,  near  the 

stratopause  [Figure  18.1(a)].  Overall,  roughly  90%  of  Earth's  ozone  is  found  in 
the  stratosphere,  between  the  altitudes  of  10  and  50  km. 

Once  formed,  an  ozone  molecule  does  not  last  long.  Ozone  is  capable  of  ab- 
sorbing solar  radiation,  which  decomposes  it  back  into  O2  and  O.  Because  only 

105kJ/mol  is  required  tor  this  process,  photons  of  wavelength  shorter  than 

1140  11111  are  sufficiently  energetic  to  photodissociate  O3.  1  lowever,  most  of  the  out- 
put from  the  Sun  is  concentrated  in  the  visible  and  ultraviolet  portions  of  the  elec- 

tromagnetic spectrum  (f  igure  IS. 3).  Photons  with  wavelengths  shorter  than  about 
300  ran  are  energetic  enough  to  break  many  single  chemical  bonds.  If  it  were  not  for 

the  layer  of  ozone  in  the  stratosphere,  these  high-energy  photons  would  penetrate 

to  Earth's  surface.  Plant  and  animal  life  as  w  e  know  it  could  not  survive  in  the  pres- 
ence of  this  high-energy  radiation.  The  "ozone  shield"  is  therefore  essential  for  our 

continued  well-being.  The  o/one  molecules  that  form  this  essential  shield  against 

radiation  represent  only  a  tiny  fraction  of  the  oxygen  atoms  present  in  the  strato- 
sphere, however,  because  they  are  continually  destroyed  even  as  they  are  formed. 

0    GIVE  IT  SOME  THOUGHT 

Look  at  Figure  18.3.  Based  on  the  relative  areas  under  the  curves,  what  fraction  of 
the  radiation  with  wavelengths  in  the  ultraviolet  portion  of  the  spectrum  is  absorbed 
by  the  upper  atmosphere? 

The  photodecomposition  of  o/one  reverses  the  reaction  that  forms  it.  We 
thus  have  a  cyclic  process  of  o/one  formation  and  decomposition,  summarized 
as  follows: 

02(g)  +  hi  »  0(g)  +  0(g) 

O(x)  +  02(X)  +  N%)  »  O30?)  +  M*(g)    (heat  released) 

03(g)  +  hi  >  02(g)  +  0(g) 

0(g)  +  0(g)  +  M(g)  >  02(g)  +  M*(g)    (heat  released) 

The  first  and  third  processes  are  photochemical;  they  use  a  solar  photon  to 
initiate  a  chemical  reaction.  The  second  and  fourth  processes  are  exothermic 

chemical  reactions.  The  net  result  of  all  tour  processes  is  a  cycle  in  which  solar 

radiant  energy  is  converted  into  thermal  energy.  The  ozone  cycle  in  the  strato- 
sphere is  responsible  for  the  rise  in  temperature  that  reaches  its  maximum  at 

the  stratopause,  as  illustrated  in  Figure  18.1(a). 
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►  Figure  18.4   Ozone  depletion. 
(Left)  Variation  in  ozone  concentration  in  the 
atmosphere,  as  a  function  of  altitude. 
(Right)  Map  of  the  total  ozone  present  in  the 
Southern  Hemisphere,  taken  in  2004  from  an 
orbiting  satellite.  The  different  colors  represent 
different  ozone  concentrations.  The  center  area, 
which  is  over  Antarctica,  is  the  area  of  lowest 
ozone  concentration 

ANIMATIONS 
Catalytic  Destruction  of  Stratospheric  Ozone, 
CFCs  and  Stratospheric  Ozone 

Ozone  concentration  (molecules/cm  ) 

The  scheme  described  for  the  formation  and  decomposition  of  ozone  mole- 
cules accounts  for  some,  but  not  all,  of  the  facts  about  the  ozone  layer.  Many 

chemical  reactions  occur  that  involve  substances  other  than  just  oxygen.  In  ad- 
dition, the  effects  of  turbulence  and  winds  that  mix  up  the  stratosphere  must  be 

considered.  A  very  complicated  picture  results.  The  overall  result  of  ozone  for- 
mation and  removal  reactions,  coupled  with  atmospheric  turbulence  and  other 

factors,  is  to  produce  an  ozone  profile  in  the  upper  atmosphere  as  shown  on  the 
left  in  Figure  18.4  A. 

Depletion  of  the  Ozone  Layer 

In  1995  the  Nobel  Prize  in  Chemistry  was  awarded  to  F.  Sherwood  Rowland, 
Mario  Molina,  and  Paul  Crutzen  for  their  studies  of  ozone  depletion  in  the 
stratosphere.  In  1970  Crutzen  showed  that  naturally  occurring  nitrogen  oxides 

catalytically  destroy  ozone.  Rowland  and  Molina  recognized  in  1974  that  chlo- 
rine from  chlorofluorocarbons  (CFCs)  may  deplete  the  ozone  layer  that  pro- 

tects Earth's  surface  from  damaging  ultraviolet  radiation.  These  substances, 
principally  CFCh  and  CFiCIt,  have  been  widely  used  as  propellants  in  spray 

cans,  as  refrigerant  and  air-conditioner  gases,  and  as  foaming  agents  for  plas- 
tics. They  are  virtually  unreactive  in  the  lower  atmosphere.  Furthermore,  they 

are  relatively  insoluble  in  water  and  are  therefore  not  removed  from  the  atmo- 
sphere by  rainfall  or  by  dissolution  in  the  oceans.  Unfortunately,  the  lack  of  re- 

activity that  makes  them  commercially  useful  also  allows  them  to  survive  in  the 
atmosphere  and  to  diffuse  eventually  into  the  stratosphere.  It  is  estimated  that 
several  million  tons  of  chlorofluorocarbons  are  now  present  in  the  atmosphere. 

As  CFCs  diffuse  into  the  stratosphere,  they  are  exposed  to  high-energy  ra- 

diation, which  can  cause  photodissociation.  The  C  —  CI  bonds  are  considerably 
weaker  than  the  C  —  F  bonds  (Table  8.4).  As  a  result,  free  chlorine  atoms  are 
formed  readily  in  the  presence  of  light  with  wavelengths  in  the  range  of  190  to 
225  nm,  as  shown  in  this  equation  for  CFiCIt: 

CF2Cl2(g)  +  hp   *  CF2Cl(v)  +  Cl(g)  [18.6] 

Calculations  suggest  that  chlorine  atom  formation  occurs  at  the  greatest  rate  at 
an  altitude  of  about  30  km. 

Atomic  chlorine  reacts  rapidly  with  ozone  to  form  chlorine  monoxide 
(CIO)  and  molecular  oxygen  (Oo): 

C1&)  +  03(g)   •  C10(g)  +  02(g)  [18.7] 
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Equation  IS. 7  follows  a  second-order  rate  law  with  a  very  large  rate  constant: 

Rate  -  fc[Cl][03]    A-  =  7.2  X  109  M  's  1  at  2C»S  k  [18.8] 

Under  certain  conditions  the  CIO  generated  in  Equation  IS. 7  can  react  to  re- 
generate free  CI  atoms.  One  way  that  this  can  happen  is  by  photodissociation  of 

the  CIO: 

ClO(x)  +  //'  >  Cl(g)  +  Oig)  1 18.9] 

The  CI  atoms  generated  in  liquation  1S.M  can  react  with  more  03/  according 

to  Equation  IS. 7.  These  two  equations  form  a  cycle  for  the  CI  atom-catalyzed 
decomposition  of  O-  to  Oi  as  we  see  when  we  add  the  equations: 

2  Cl(g)  +  2  03(g)  -  -*  2  ClO(g)  4  2  02(g) 

2C10(X)  -  in  ►  2C\(g)  b  20(g) 

Oig)  -  0(g)   >  <D2(g) 

2  C\(g)  +  2  03(g)  +  2  CIO(x)  +  2  0(g)  -  —  2  C\(g)  +  2  ClO(x)  +  3  02(g)  +  2  0(g) 

The  equation  can  be  simplified  by  eliminating  like  species  from  each  side  to  give 

2  03C?)-^-»   3  02(£)  I  is.  ID] 

Because  the  rate  of  Equation  IS. 7  increases  linearly  with  [CI],  the  rate  at  which 
ozone  is  destroyed  increases  as  the  quantity  of  CI  atoms  increases.  Thus,  the 

greater  the  amount  of  CECs  that  diffuse  into  the  stratosphere,  the  faster  the  de- 
struction of  the  ozone  layer.  Rates  of  diffusion  of  molecules  from  the  tropo- 

sphere into  the  stratosphere  are  slow.  Nevertheless,  a  thinning  of  the  ozone 
layer  over  the  South  Pole  has  already  been  observed,  particularly  during  the 
months  of  September  and  October  (Figure  IS. 4,  right). 

Because  of  the  env  ironmental  problems  associated  with  CFCs,  steps  have 
been  taken  to  limit  their  manufacture  and  use.  A  major  step  was  the  signing  in 
1987  of  the  Montreal  Protocol  on  Substances  That  Deplete  the  Ozone  Layer,  in 
which  participating  nations  agreed  to  reduce  CEC  production.  More  stringent 
limits  were  set  in  1992,  when  representatives  of  approximately  1(H)  nations 

agreed  to  ban  the  production  and  use  of  CECs  by  N<-)(->.  Nev  ertheless,  because 
CFCs  are  unreactive  and  because  they  diffuse  so  slowly  into  the  stratosphere, 
scientists  estimate  that  ozone  depletion  will  continue  tor  many  years  to  come. 

What  substances  have  replaced  CECs?  At  this  time  the  main  alternatives 

are  hydrofluorocarbons,  compounds  in  which  C  —  H  bonds  replace  the  C  —  CI 
bonds  of  CFCs.  One  such  compound  in  current  use  is  CEUFCE-s,  known  as 

HFC-134a.  The  U.S.  Environmental  Protection  Agency  (EPA)  reported  that  by 

the  year  2000,  43"..  of  existing  air-conditioning  units  in  buildings  had  converted 
to  non-CFC  compounds  like  HFC-134a,  with  improved  energy  efficiencies 
overall. 

There  are  no  naturally  occurring  CECs,  but  there  are  some  natural  sources 

that  contribute  chlorine  and  bromine  to  the  atmosphere,  and,  just  like  halogens 

from  CFC,  these  naturally  occurring  CI  and  Br  atoms  can  participate  in  ozone- 
depleting  reactions.  The  principal  sources  are  methyl  bromide  and  methyl  chlo- 

ride, CH3Br  and  CH3C1.  It  is  estimated  that  these  molecules  contribute  less 

than  a  third  to  the  total  CI  and  Br  in  the  atmosphere;  the  remaining  two-thirds 
is  a  result  of  human  activities.  Volcanoes  are  a  source  of  HC1,  but,  generally,  the 
HC1  they  release  reacts  with  water  in  the  troposphere  and  does  not  make  it  to 
the  upper  atmosphere. 
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TABLE  18.3    Sources  and  Typical  Concentrations  of  Some  Minor  Atmospheric  Constituents 

Minor  Constituent Sou  rces 
Typical  Concentrations 

Carbon  dioxide,  CCK 

Carbon  monoxide,  CO 

Methane,  CH 4 

Nitric  oxide,  NO 

Ozone,  03 

Sulfur  dioxide,  SO2 

Decomposition  of  organic  matter;  release  from 
the  oceans;  fossil-fuel  combustion 

Decomposition  of  organic  matter;  industrial 

processes;  fossil-fuel  combustion 
Decomposition  of  organic  matter;  natural-gas seepage 

Electrical  discharges;  internal  combustion 
engines;  combustion  of  organic  matter 

Electrical  discharges;  diffusion  from  the 
stratosphere;  photochemical  smog 

Volcanic  gases;  forest  fires;  bacterial  action; 

fossil-fuel  combustion;  industrial  processes 

375  ppm  throughout  the  troposphere 

0.05  ppm  in  unpolluted  air;  1-50  ppm 
in  urban  traffic  areas 

1.77  ppm  throughout  the  troposphere 

0.01  ppm  in  unpolluted  air;  0.2  ppm  in  smog 

0  to  0.01  ppm  in  unpolluted  air;  0.5  ppm 
in  photochemical  smog 

0  to  0.01  ppm  in  unpolluted  air;  0.1-2  ppm 
in  polluted  urban  environment 

TABLE  18.4   Median  Concentrations 

of  Atmospheric  Pollutants 
in  a  Typical  Urban  Atmosphere 

Pollutant Concentration 

(ppm) 
Carbon  monoxide 

10 

Hydrocarbons 3 
Sulfur  dioxide 0.08 
Nitrogen  oxides 0.05 

Total  oxidants 
(ozone  and  others) 0.02 

18.4  I  Chemistry  of  the  Troposphere 

The  troposphere  consists  primarily  of  N2  and  02,  which  together  make  up  99% 

of  Earth's  atmosphere  at  sea  level  (Table  18.1).  Other  gases,  although  present 
only  at  very  low  concentrations,  can  have  major  effects  on  our  environment. 
Table  18.3  ▲  lists  the  major  sources  and  typical  concentrations  of  some  of  the 
important  minor  constituents  of  the  troposphere.  Many  of  these  substances 

occur  to  only  a  slight  extent  in  the  natural  environment  but  exhibit  much  high- 
er concentrations  in  certain  areas  as  a  result  of  human  activities.  In  this  section 

we  will  discuss  the  most  important  characteristics  of  a  few  of  these  substances 
and  their  chemical  roles  as  air  pollutants.  As  we  will  see,  most  form  as  either  a 
direct  or  an  indirect  result  of  our  widespread  use  of  combustion  reactions. 

Sulfur  Compounds  and  Acid  Rain 

Sulfur-containing  compounds  are  present  to  some  extent  in  the  natural,  unpol- 
luted atmosphere.  They  originate  in  the  bacterial  decay  of  organic  matter,  in 

volcanic  gases,  and  from  other  sources  listed  in  Table  18.3.  The  amount  of 

sulfur-containing  compounds  released  into  the  atmosphere  from  natural 

sources  is  about  24  ■  10'~g  per  vear,  which  is  less  than  the  amount  from 
human  activities  (about  79  x  1012  g  per  year).  Sulfur  compounds,  chiefly  sulfur 
dioxide,  S02,  are  among  the  most  unpleasant  and  harmful  of  the  common  pol- 

lutant gases.  Table  18.4  4  shows  the  concentrations  of  several  pollutant  gases  in 

a  typical  urban  environment  (not  one  that  is  particularly  affected  by  smog).  Ac- 
cording to  these  data,  the  level  of  sulfur  dioxide  is  0.08  ppm  or  higher  about 

half  the  time.  This  concentration  is  considerably  lower  than  that  of  other  pollu- 
tants, notably  carbon  monoxide.  Nevertheless,  S02  is  regarded  as  the  most  seri- 

ous health  hazard  among  the  pollutants  shown,  especially  for  people  with 

respiratory  difficulties. 
Combustion  of  coal  and  oil  accounts  for  about  80%  of  the  total  S02  released 

in  the  United  States.  The  United  States  gets  52%  of  its  electricity  from  coal  and 

another  15%  from  petroleum  and  natural  gas.  The  extent  to  which  S02  emis- 
sions are  a  problem  in  the  burning  of  coal  and  oil  depends  on  the  level  of  their 

sulfur  concentration.  Some  oil,  such  as  that  from  the  Middle  East,  is  relatively 

low  in  sulfur,  whereas  other  oil,  such  as  that  from  Venezuela,  has  a  higher  sul- 
fur content.  Because  of  concern  about  S02  pollution,  low-sulfur  oil  is  in  greater 

demand  and  is  thus  more  expensive. 
Coals  also  vary  in  their  sulfur  content.  Much  of  the  coal  from  east  of  the 

Mississippi  is  relatively  high  in  sulfur  content,  up  to  6%  by  mass.  Much  of  the  coal 
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▲  Figure  18.5   pH  values  from  freshwater  sites  across  the  United  States,  2001. 

from  the  western  states  has  a  lower  sulfur  content.  This  coal,  however,  also  has 

a  lower  heat  content  per  unit  mass  of  coal,  so  the  difference  in  sulfur  content 
per  unit  of  heat  produced  is  not  as  large  as  is  often  assumed. 

Sulfur  dioxide  is  harmful  to  both  human  health  and  property;  furthermore, 

atmospheric  SOt  can  be  oxidized  to  SO3  by  several  pathways  (such  as  reaction 
with  Ot  or  O3).  When  SO-  dissolves  in  water,  it  produces  sulfuric  acid,  FUSO4: 

SCMx)  +  H20(/) H2S04(<?(/) 

Many  of  the  environmental  effects  ascribed  to  SO2  are  actually  due  to  H2SO4. 

The  presence  of  S02  in  the  atmosphere  and  the  sulfuric  acid  that  it  pro- 
duces result  in  the  phenomenon  of  acid  rain.  (Nitrogen  oxides,  which  form  ni- 

tric acid,  are  also  major  contributors  to  acid  rain.)  Uncontaminated  rainwater  is 

naturally  acidic  and  generally  has  a  pH  value  of  about  5.6.  The  primary  source 
of  this  natural  acidity  is  CO2,  which  reacts  with  water  to  form  carbonic  acid, 

H2CO3.  Acid  rain  typically  has  a  pH  value  of  about  4.  This  acidity  has  affected 

manv  lakes  in  the  northern  Europe,  the  northern  United  States,  and  Canada,  re- 
ducing fish  populations  and  affecting  other  parts  of  the  ecological  network 

within  the  lakes  and  surrounding  forests. 

The  pH  of  most  natural  waters  containing  living  organisms  is  between  6.5 
and  8.5,  but  as  Figure  18.5  ▲  shows,  freshwater  pH  v  alues  are  far  below  6.5  in 

many  parts  of  the  continental  United  States.  At  pH  levels  below  4.0,  all  verte- 
brates, most  invertebrates,  and  many  microorganisms  are  destroyed.  The  lakes 

that  are  most  susceptible  to  damage  are  those  with  low  concentrations  of  basic 

ions,  such  as  HCO^  ,  that  buffer  them  against  changes  in  pH.  More  than  300 
lakes  in  New  York  State  contain  no  fish,  and  140  lakes  in  Ontario,  Canada,  are 

devoid  of  life.  The  acid  rain  that  appears  to  have  killed  the  organisms  in  these 
lakes  originates  hundreds  of  kilometers  upwind  in  the  Ohio  Valley  and  Great 
Lakes  regions.  Some  of  these  regions  are  recovering  as  sulfur  emissions  from 
fossil  fuel  combustion  decrease,  in  part  because  of  the  Clean  Air  Act  of  1990, 
which  required  that  power  plants  reduce  their  sulfur  emissions  by  80%. 

Because  acids  react  with  metals  and  with  carbonates,  acid  rain  is  corrosiv  e 

both  to  metals  and  to  stone  building  materials.  Marble  and  limestone,  for  ex- 
ample, whose  major  constituent  is  CaCC>3,  are  readily  attacked  by  acid  rain 

(Figure  18.6  ►).  Billions  of  dollars  each  year  are  lost  as  a  result  of  corrosion  that 
is  due  to  S02  pollution. 

MOVIE 
Carbon  Dioxide  Behaves  as  an  Acid  in  Water 

(a) 

(b) 

▲  Figure  18.6  Damage  from  acid  rain. 
(a)  This  statue  at  the  Field  Museum  in  Chicago 
shows  the  effects  of  corrosion  from  acid  rain  and 
atmospheric  pollutants,  (b)  The  same  statue  after 
lestoiatnin 
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▲  Figure  18.7   Common  method  for  removing  S02  from  combusted  fuel.  Powdered  limestone 
decomposes  into  CaO,  which  reacts  with  S02  to  form  CaS03.  The  CaS03  and  any  unreacted  S02  enter  a 
purification  chamber  called  a  scrubber,  where  a  shower  of  CaO  and  water  converts  the  remaining  S02  into 
CaS03  and  precipitates  the  CaS03  into  a  watery  residue  called  a  slurry. 

One  way  to  reduce  the  quantity  of  SOt  released  into  the  environment  is  to 

remove  sulfur  from  coal  and  oil  before  it  is  burned.  Although  difficult  and  ex- 
pensive, several  methods  have  been  developed  for  removing  SCh  from  the 

gases  formed  when  coal  and  oil  are  combusted.  Powdered  limestone  (CaCC^), 

for  example,  can  be  injected  into  the  furnace  of  a  power  plant,  where  it  decom- 
poses into  lime  (CaO)  and  carbon  dioxide: 

CaC03(s)  >  CaO(s)  +  C02(g) 

The  CaO  then  reacts  with  SOt  to  form  calcium  sulfite: 
CaO(s)  +  S02(g) 

CaS03(s) 

The  solid  particles  of  CaSO^  as  well  as  much  of  the  unreacted  SOt  can  be  re- 
moved from  the  furnace  gas  by  passing  it  through  an  aqueous  suspension  of 

lime  (Figure  18.7  ▲).  Not  all  the  SOt  is  removed,  however,  and  given  the  enor- 
mous quantities  of  coal  and  oil  burned  worldwide,  controllable  pollution  by 

SOt  will  probably  remain  a  problem  for  some  time. 

Carbon  Monoxide 

Carbon  monoxide  is  formed  by  the  incomplete  combustion  of  carbon- 
containing  material,  such  as  fossil  fuels.  In  terms  of  total  mass,  CO  is  the 

most  abundant  of  all  the  pollutant  gases.  The  level  of  CO  present  in  unpol- 
luted air  is  low,  probably  on  the  order  of  0.05  ppm.  The  estimated  total 

amount  of  CO  in  the  atmosphere  is  about  5.2  X  1014  g.  In  the  United  States  alone, 
roughly  1  X  1014g  of  CO  is  produced  each  year,  about  two-thirds  of  which 
comes  from  automobiles. 

Carbon  monoxide  is  a  relatively  unreactive  molecule  and  consequently  poses 
no  direct  threat  to  vegetation  or  materials.  It  does  affect  humans,  however.  It  has 

the  unusual  ability  to  bind  very  strongly  to  hemoglobin,  the  iron-containing  pro- 
tein in  red  blood  cells  [Figure  18.8(a)  ►]  that  transports  oxygen  in  blood.  Hemo- 

globin consists  of  four  protein  chains  held  together  by  weak  intermolecular 

forces  in  a  cluster  [Figure  18.8(b)].  Each  protein  chain  has  a  heme  molecule  with- 
in its  folds.  A  schematic  structure  of  heme  is  shown  in  Figure  18.8(c).  Note  that 

i  ron  is  situated  in  the  center  of  a  plane  of  four  nitrogen  atoms.  A  hemoglobin  mol- 
ecule in  the  lungs  picks  up  an  Oo  molecule,  which  reacts  with  the  iron  atom  to 

form  a  species  called  oxyhemoglobin,  abbreviated  as  Hb02-  As  the  blood  circu- 
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▲  Figure  18.8   Carbon  monoxide  harms  humans.  Red  blood  cells  (a)  contain  hemoglobin  (b).  The 
hemoglobin  contains  four  heme  units,  each  of  which  can  bind  an  02  molecule  (c).  When  exposed  to  CO,  the 
heme  binds  CO  in  preference  to  02. 

lates,  the  oxygen  molecule  is  released  in  tissues  as  needed  tor  cell  metabolism, 

that  is,  for  the  chemical  processes  occurring  in  the  cell.  (See  the  "Chemistry  and 
Life"  box  on  blood  as  a  buffered  solution  in  Section  17.2.) 

Like  O2,  CO  also  binds  very  strongly  to  the  iron  in  hemoglobin.  The  com- 
plex is  called  cnrboxi/hcino^lobiii  and  is  represented  as  COHb.  The  equilibrium 

binding  constant  of  human  hemoglobin  for  CO  is  about  210  times  greater  than 

that  for  Ot.  As  a  result,  a  relatively  small  quantity  of  CO  can  inactivate  a  sub- 
stantial fraction  of  the  hemoglobin  in  the  blood  for  oxygen  transport,  lor  exam- 

ple, a  person  breathing  air  that  contains  only  0.1%  of  CO  takes  in  enough  CO 
after  a  few  hours  of  breathing  to  convert  up  to  60%  of  the  hemoglobin  into 

COHb,  thus  reducing  the  blood's  normal  oxygen-carrying  capacity  by  60%. 
Under  normal  conditions  a  nonsmoker  breathing  unpolluted  air  has  about 

0.3  to  0.5"..  COHb  in  the  bloodstream.  This  amount  arises  mainly  from  the  pro- 
duction of  small  quantities  of  CO  in  the  course  of  normal  body  chemistry  and 

from  the  small  amount  of  CO  present  in  clean  air.  Exposure  to  higher  concen- 
trations of  CO  causes  the  COHb  level  to  increase,  which  in  turn  leaves  fewer 

Hb  sites  to  which  O2  can  bind.  If  the  level  of  COHb  becomes  too  high,  oxygen 
transport  is  effectively  shut  down  and  death  occurs.  Because  CO  is  colorless 

and  odorless,  CO  poisoning  occurs  with  very  little  warning.  Improperly  venti- 
lated combustion  devices,  such  as  kerosene  lanterns  and  stoves,  thus  pose  a  po- 

tential health  hazard  (Figure  18.4  ►). 

▲  Figure  18.9   Carbon  monoxide 
warnings.  Kerosene  lamps  and  stoves  have 
warning  labels  concerning  use  in  enclosed 
spaces,  such  as  an  indoor  room  Incomplete 
combustion  can  produce  colorless,  odorless 
carbon  monoxide,  CO,  which  is  toxic 

Nitrogen  Oxides  and  Photochemical  Smog 

Nitrogen  oxides  are  primary  components  of  smog,  a  phenomenon  with  which 

city  dwellers  are  all  too  familiar.  The  term  s///e<s'  refers  to  a  particularly  unpleas- 
ant condition  of  pollution  in  certain  urban  environments  that  occurs  when 

weather  conditions  produce  a  relatively  stagnant  air  mass.  The  smog  made  fa- 
mous by  Los  Angeles,  but  now  common  in  many  other  urban  areas  as  well,  is 
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A  Figure  18.10   Photochemical  smog. 
Smog  is  produced  largely  by  the  action  of 
sunlight  on  automobile  exhaust  gases. 

more  accurately  described  as  photochemical  smog  because  photochemical 
processes  play  a  major  role  in  its  formation  (Figure  18.10  <). 

Nitric  oxide,  NO,  forms  in  small  quantities  in  the  cylinders  of  internal  com- 
bustion engines  by  the  direct  combination  of  nitrogen  and  oxygen: 

N2(x)  +  02(g) 
2  NO(tf)       AH  =  180.8  kj 

[18.1 
As  noted  in  the  "Chemistry  at  Work"  box  in  Section  15.6,  the  equilibrium  con- 

stant K  for  this  reaction  increases  from  about  10  15  at  300  K  (near  room  tem- 
perature) to  about  0.05  at  2400  K  (approximately  the  temperature  in  the 

cylinder  of  an  engine  during  combustion).  Thus,  the  reaction  is  more  favorable 

at  higher  temperatures.  Before  the  installation  of  pollution-control  devices, 
typical  emission  levels  of  NC\  were  4  grams  per  mile  (g/mi).  (The  x  is  either 
1  or  2  because  both  NO  and  N02  are  formed,  although  NO  predominates.) 
Starting  in  2004,  the  auto  emission  standards  for  NOv  call  for  its  reduction  to 

only  0.07  g/mi.  Table  18.5  ▼  summarizes  the  federal  standards  for  hydrocar- 
bons and  NOA  emissions  since  1975  as  well  as  the  more  restrictive  standards 

enforced  in  California. 

In  air  nitric  oxide  (NO)  is  rapidly  oxidized  to  nitrogen  dioxide  (N02): 

2  NO(£)  +  02(g) 
2  NCM AH  =  -113.1  kj 

[18.12] 

The  equilibrium  constant  for  this  reaction  decreases  from  about  1012  at  300  K  to 

about  10""1  at  2400  K.  The  photodissociation  of  N02  initiates  the  reactions  asso- 
ciated with  photochemical  smog.  The  dissociation  of  N02  into  NO  and  O  re- 
quires 304  kj/mol,  which  corresponds  to  a  photon  wavelength  of  393  nm.  In 

sunlight,  therefore,  N02  undergoes  dissociation  to  NO  and  O: 

N02(x)  +  hv NO(e)  +  OM 
[18.13] 

The  atomic  oxygen  formed  undergoes  several  possible  reactions,  one  of  which 
gives  ozone,  as  described  earlier: 

0{g)  +  02  +  M(g) 
03(g)  +  M*(tf) 

[18.14] 

1  TABLE  18.5    National  Tailpipe Emission  Standards* 
Year Hydrocarbons  (g/mi) Nitrogen  Oxides  (g/mi) 

1975 1.5  (0.9) 3.1  (2.0) 

1 981 1 
0.41  (D.4I) 2.0  (1.0) 

1985 0.41  (0.41) 1.0  (0.4) 

1990 0.41  (0.41 ) 1.0  (0.4) 

1995 0.25  (0.25) 0.4  (0.4) 

2004 0.075  (0.05) 
0.07  (0.05) 

*C  alifornii si, hhI. inls  in  parentheses 

Ozone  is  a  key  component  of  photochemical  smog.  Although  it  is  an  essential 

UV  screen  in  the  upper  atmosphere,  it  is  an  undesirable  pollutant  in  the  tropo- 
sphere. It  is  extremely  reactive  and  toxic,  and  breathing  air  that  contains  appre- 

ciable amounts  of  ozone  can  be  especially  dangerous  for  asthma  sufferers, 
exercisers,  and  the  elderly.  We  therefore  have  two  ozone  problems:  excessive 
amounts  in  many  urban  environments,  where  it  is  harmful,  and  depletion  in 
the  stratosphere,  where  it  is  vital. 

In  addition  to  nitrogen  oxides  and  carbon  monoxide,  an  automobile  engine 
also  emits  unburned  hydrocarbons  as  pollutants.  These  organic  compounds,  which 
are  composed  entirely  of  carbon  and  hydrogen,  are  the  principal  components  of 

gasoline  (Section  25.1 )  and  are  major  ingredients  of  smog.  A  typical  engine  with- 
out effective  emission  controls  emits  about  10  to  15  grams  of 

these  compounds  per  mile.  Current  standards  require  that 
hydrocarbon  emissions  be  less  than  0.075  grams  per  mile. 

Hydrocarbons  are  also  emitted  naturally  from  living  organ- 
isms (see  "A  Closer  Look"  box  later  in  this  section). 
Reduction  or  elimination  of  smog  requires  that  the  es- 

sential ingredients  for  its  formation  be  removed  from  au- 
tomobile exhaust.  Catalytic  converters  are  designed  to 

drastically  reduce  the  levels  of  NOv  and  hydrocarbons, 

two  of  the  major  ingredients  of  smog  (see  the  "Chemistry 
at  Work"  box  in  Section  14.6). 
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<  Figure  18.11    Why  Earth  appears  so 
cold  from  outer  space,  (a)  Carbon  dioxide  and 
water  absorb  certain  wavelengths  of  infrared 
radiation,  which  helps  keep  energy  from  escaping 

from  Earth's  surface,  (b)  The  distribution  of  the 
wavelengths  absorbed  by  C02  and  H:0 

compared  to  the  wavelengths  emitted  by  Earth's surface. 

(a) (b) 

Water  Vapor,  Carbon  Dioxide,  and  Climate 

We  have  seen  how  the  atmosphere  nukes  lift.'  as  we  know  it  possible  on  Earth 
by  screening  out  harmful  short-wavelength  radiation.  In  addition,  the  atmo- 

sphere is  essential  in  maintaining  a  reasonably  uniform  and  moderate  tem- 
perature on  the  surface  of  the  planet.  I  he  two  atmospheric  components  of 

greatest  importance  in  maintaining  Earth's  surface  temperature  are  carbon dioxide  and  water. 

Earth  is  in  overall  thermal  balance  with  its  surroundings.  This  means  that 

Earth  radiates  energy  into  space  at  a  rate  equal  to  the  rate  at  which  it  absorbs 

energy  from  the  Sun.  The  Sun  has  a  surface  temperature  of  about  6000  k.  \s 
seen  from  outer  space,  Earth  is  relatively  cold,  with  a  temperature  of  about 
254  K.  The  distribution  of  wavelengths  in  the  radiation  emitted  from  an  object 
is  determined  by  its  temperature.  !)  Whv  does  Earth,  viewed 
from  outside  its  atmosphere,  appear  so  much  colder  than  the  temperature  we 
usually  experience  at  its  surface?  The  troposphere,  transparent  to  visible 

light,  is  not  transparent  to  infrared  radiation,  f  igure  18.11  A  shows  the  dis- 

tribution of  radiation  from  Earth's  surface  and  the  wavelengths  absorbed  bv 
atmospheric  water  vapor  and  carbon  dioxide.  According  to  the  graph,  these  at- 

mospheric gases  absorb  much  of  the  outgoing  radiation  from  Earth's  surface.  In 
doing  so,  they  help  to  maintain  a  livable  uniform  temperature  at  the  surface  bv 
holding  in,  as  it  were,  the  infrared  radiation  from  the  surface,  which  we  feel  as 

heat.  The  influence  of  H20,  CCK  and  certain  other  atmospheric  gases  on  Earth's 

temperature  is  often  called  the  greenhouse  effect  (see  the  "Chemistry  at  Work"  box 
in  Section  3.7). 

The  partial  pressure  of  water  vapor  in  the  atmosphere  varies  greatly  from 

place  to  place  and  time  to  time,  but  it  is  generally  highest  near  Earth's  surface 
and  drops  off  very  sharply  with  increased  elevation,  because  water  vapor  ab- 

sorbs infrared  radiation  so  strongly,  it  plavs  the  major  role  in  maintaining  the 
atmospheric  temperature  at  night,  when  the  surface  is  emitting  radiation  into 

space  and  not  receiv  ing  energy  from  the  Sun.  In  very  dry  desert  climates,  where 

the  water-vapor  concentration  is  unusually  low,  it  may  be  extremely  hot  during 
the  day,  but  very  cold  at  night.  In  the  absence  of  an  extensive  layer  of  water 
vapor  to  absorb  and  then  radiate  part  of  the  infrared  radiation  back  to  Earth, 

the  surface  loses  this  radiation  into  space  and  cools  off  very  rapidly. 

Carbon  dioxide  plays  a  secondary,  but  very  important,  role  in  maintain- 
ing the  surface  temperature.  The  worldwide  combustion  of  fossil  fuels,  prin- 

cipally coal  and  oil,  on  a  prodigious  scale  in  the  modern  era  has  sharply 
increased  the  carbon  dioxide  level  of  the  atmosphere.  Measurements  carried 
out  over  several  decades  show  that  the  COt  concentration  in  the  atmosphere 
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►   Figure  18.12    Rising  C02  levels.  The  Mauna  Loa  Observatory,  Hawaii 
concentration  of  atmospheric  COS  has  risen  more   Monthly  average  carbon  dioxide  concentration 

1958  60  62  64  66  68  70  72  74  76  78  80  82  84  86  88  90  92  94  96  98  00  02  04 
Year 

is  steadily  increasing,  currently  at  a  high  of  about  375  ppm  (Figure  18.12  A). 

In  comparison,  it  is  estimated  that  COt  concentrations  in  the  atmosphere  fluc- 
tuated between  200  and  300  ppm  over  the  past  150,000  vears,  based  on  data 

from  air  bubbles  trapped  in  ice  cores.  A  consensus  is  emerging  among  scien- 

tists that  this  increase  is  already  perturbing  Earth's  climate  and  that  it  may  be 
responsible  for  the  observed  increase  in  the  average  global  air  temperature  of 

0.3CC  to  0.6°C  over  the  past  century. 

Methane  as  a  Greenhouse  Gas 

[though  CO2  receives  most  of  the  attention,  ether  gases  in 
total  make  an  equal  contribution  to  the  greenhouse  effect. 

Chief  among  these  is  methane,  CH4.  Each  methane  molecule 
has  about  25  times  the  greenhouse  effect  of  a  CO2  molecule. 
Studies  of  atmospheric  gas  trapped  long  ago  in  the  Greenland 
and  Antarctic  ice  sheets  show  that  the  concentration  of 

methane  in  the  atmosphere  has  increased  during  the  industri- 
al age,  from  preindustrial  values  in  the  range  of  0.3  to  0.7  ppm 

to  the  present  value  of  about  1 .8  ppm. 
Methane  is  formed  in  biological  processes  that  occur  m 

low-oxygen  environments.  Anaerobic  bacteria,  which  flour- 
ish in  swamps  and  landfills,  near  the  roots  of  rice  plants,  and 

in  tlie  digestive  systems  of  cows  and  other  ruminant  ani- 
mals, produce  methane  (Figure  18.13  ►).  It  also  leaks  into 

the  atmosphere  during  natural-gas  extraction  and  transport 

(see  "Chemistry  at  Work"  box,  Section  10.5).  It  is  estimated 
that  about  two-thirds  of  present-day  methane  emissions, 
which  are  increasing  by  about  1%  per  year,  are  related  to 
human  activities. 

Methane  has  a  half-life  in  the  atmosphere  of  about  10 
years,  whereas  CO2  is  much  longer-lived.  This  might  at  first 
seem  a  good  thing,  but  there  are  indirect  effects  to  consider. 
Some  methane  is  oxidized  in  the  stratosphere,  producing 
w.iter  vapor,  a  powerful  greenhouse  gas  that  is  otherwise 
virtually  absent  from  the  stratosphere.  In  the  troposphere 
methane  is  attacked  bv  reactive  species  such  as  OH  radicals 

or  nitrogen  oxides,  eventually  producing  other  greenhouse 

gases  such  as  GV  It  has  been  estimated  that  the  climate- 
changing  effects  of  CH4  are  at  least  one-third  those  of  CGS, 
and  perhaps  even  half  as  large.  Given  this  large  contribution, 
important  reductions  of  the  greenhouse  effect  could  be 
achieved  bv  reducing  methane  emissions  or  capturing  the 
emissions  for  use  as  a  fuel. 

A  Figure  18.13   Methane  production.  Ruminant  animals,  such  as  cows 
and  sheep,  produce  methane  in  their  digestive  systems.  In  Australia  sheep  and 

cattle  produce  about  14%  of  the  country's  total  greenhouse  emissions. 
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On  the  basis  of  present  and  expected  future  rates  of  fossil-fuel  use,  the  at- 
mospheric CO2  level  is  expected  to  double  from  its  present  level  sometime  be- 

tween 2050  and  2100.  Computer  models  predict  that  this  increase  will  result  in 
an  average  global  temperature  increase  of  1  C  to  3  C.  Major  changes  in  global 
climate  could  result  from  a  temperature  change  of  this  magnitude,  because  so 
many  factors  go  into  determining  climate,  we  cannot  predict  w  ith  certainty 

what  changes  will  occur.  Clearly,  however,  humanity  has  acquired  the  poten- 
tial, by  changing  the  concentration  of  CO:  and  other  heat-trapping  gases  in  the 

atmosphere,  to  substantiallv  alter  the  climate  of  the  planet. 

18.5  !  The  World  Ocean 

Water  is  the  most  common  liquid  on  Earth.  It  covers  72"..  of  Earth's  surface  and 
is  essential  to  life.  Our  bodies  are  about  65%  water  by  mass.  Because  of  extensive 
hydrogen  bonding,  water  has  unusually  high  melting  and  boiling  points  and  a 
high  heat  capacity.  Its  highly  polar  character  is  responsible  for 

its  exceptional  ability  to  dissolve  a  wide  range  of  ionic  and  polar-covalent  sub- 
stances. Many  reactions  occur  in  water,  including  reactions  in  which  FhO  itself 

is  a  reactant.  Recall,  for  example,  that  H20  can  participate  in  acid-base  reactions 
as  either  a  proton  donor  or  a  proton  acceptor.  In  Chapter  20 

we  will  see  that  FhO  can  also  participate  in  oxidation-reduction  reactions  as  ei- 
ther a  donor  or  an  acceptor  of  electrons.  All  these  properties  plav  a  role  in  our 

environment. 

Seawater 

The  vast  layer  of  salty  water  that  covers  so  much  of  the  planet  is  connected  and 
is  generally  constant  in  composition.  For  this  reason,  oceanographers  speak  of  a 
world  ocean  rather  than  of  the  separate  oceans  we  learn  about  in  geography 
books.  The  world  ocean  is  huge.  Its  volume  is  1.35  X  10  km  .  Almost  all  the 

water  on  Earth,  97.2%,  is  in  the  world  ocean.  Of  the  remaining  2.8%,  2.1".,  is  in 
the  form  of  ice  caps  and  glaciers.  All  the  fresh  water — in  lakes,  rivers,  and 

groundwater — amounts  to  only  0.6%.  Most  of  the  remaining  0. 1 "..  is  in  brackish 
(salty)  water,  such  as  that  in  the  Great  Salt  Lake  in  Utah. 

Seawater  is  often  referred  to  as  saline  water.  The  salinity  of  seawater  is  the 
mass  in  grams  of  drv  salts  present  in  I  kg  of  seawater.  In  the  world  ocean  the 
salinity  averages  about  35.  To  put  it  another  way,  seawater  contains  about  3.5% 
dissolved  salts  bv  mass.  The  list  of  elements  present  in  seawater  is  very  long. 

Most,  however,  are  present  only  in  very  low  concentra- 
tions. Table  18.6  ►  lists  the  11  ionic  species  that  are  most 

abundant  in  seawater. 

The  properties  of  seawater — its  salinity,  density,  and 
temperature — vary  as  a  function  of  depth  (Figure  18.14  ►). 
Sunlight  penetrates  well  only  200  m  into  the  sea;  the  region 

between  200  m  and  1000  m  deep  is  the  "twilight  /one," 
where  visible  light  is  faint.  Below  1000  m  in  depth,  the 

ocean  is  pitch-black  and  cold,  about  4  C.  The  transport  of 
heat,  salt,  and  other  chemicals  throughout  the  ocean  is  in- 

fluenced bv  these  changes  in  the  physical  properties  of 

seawater,  and  in  turn  the  changes  in  the  way  heat  and  sub- 
stances are  transported  affects  ocean  currents  and  the 

global  climate. 

The  sea  is  so  vast  that  if  a  substance  is  present  in  sea- 
water to  the  extent  of  only  I  part  per  billion  (ppb,  that 

is,  1  X  10~6g  per  kilogram  of  water),  there  is  still 
5  x  104  kg  of  it  in  the  world  ocean.  Nevertheless,  the  ocean 

TABLE  18.6  Ionic  Constituents  of  Seawater  Present  in 
Concentrations  Greater  than  0.001  g/kg  (1  ppm) 

Ionic  Constituent 

g/kg  Seawater 

Concentration  (A/) 

Chloride,  CI 19.35 
0.55 

Sodium,  Na 10.7ft 

047 

Sulfate,  SO42 
2.71 0.028 

Magnesium,  Mg~ 

1 .29 
0.054 

Calcium,  Ca" 

0.412 
0.010 

Potassium,  k 0.40 0.010 

Carbon  dioxide* 
0.106 

2.3  ■   10  ; 

Bromide,  Br 0.067 

8.3  >  10  1 
Boric  acid,  1  1  (B03 0.027 

4.3  •   10  1 
Strontium,  Sr 0.0079 

9.1   •   10  ' 

Fluoride.  1 0.0013 

7.0  >   II)  ' 
'  (.  t )  •  is  present  in  seawater  as 1  K  ( );  and  (  i ' 
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▲  Figure  18.14  Average  temperature,  salinity,  and  density  of  seawater  as  a  function  of  depth. 
Windows  to  the  Universe,  of  the  University  Corporation  for  Atmospheric  Research.  Copyright  £.2004  University 
Corporation  for  Atmospheric  Research.  All  rights  reserved 

is  rarely  used  as  a  source  of  raw  materials  because  the  cost  of  extracting  the  de- 
sired substances  is  too  high.  Only  three  substances  are  obtained  from  seawater 

in  commercially  important  amounts:  sodium  chloride,  bromine  (from  bromide 
salts),  and  magnesium  (from  its  salts). 

Absorption  of  CO2  by  the  ocean  plays  a  large  role  in  global  climate.  Carbon 
dioxide  reacts  with  water  to  form  carbonic  acid,  H2CO3  ,  and 

so  as  COt  from  the  atmosphere  is  absorbed  by  the  world  ocean,  the  concentra- 
tion of  H2CO3  in  the  ocean  increases.  Most  of  the  carbon  in  the  ocean,  however, 

is  in  the  form  of  HCO3  and  CO3  ions.  These  ions  form  a  buffer  system  that 

maintains  the  ocean's  average  pH  between  8.0  and  8.3.  The  buffering  capacity 
of  the  world  ocean  is  predicted  to  decrease  as  the  concentration  of  CCh  in  the 
atmosphere  increases,  because  of  the  increase  in  H2CO3  concentration.  With 
less  buffering  capacity,  the  carbonate  ion  can  precipitate  out  as  CaCO^,  one  of 

the  main  ingredients  in  seashells.  Thus,  both  acid-base  equilibrium  reactions 
and  solubility  equilibrium  reactions  1 1  form  a  complicated  web 
of  interactions  that  tie  the  ocean  to  the  atmosphere  and  to  the  global  climate. 

Desalination 

Because  of  its  high  salt  content,  seawater  is  unfit  for  human  consumption  and 
for  most  of  the  uses  to  which  we  put  water.  In  the  United  States  the  salt  content 
of  municipal  water  supplies  is  restricted  by  health  codes  to  no  more  than  about 
500  ppm.  This  amount  is  much  lower  than  the  3.5%  dissolved  salts  present  in 
seawater  and  the  0.5%  or  so  present  in  brackish  water  found  underground  in 
some  regions.  The  removal  of  salts  from  seawater  or  brackish  water  to  make  the 
water  usable  is  called  desalination. 

Water  can  be  separated  from  dissolved  salts  by  distillation  (described  in  the 

"Closer  Look"  box  in  Section  13.5)  because  water  is  a  volatile  substance  and  the 
salts  are  nonvolatile.  The  principle  of  distillation  is  simple  enough,  but  carrying 

out  the  process  on  a  large  scale  presents  many  problems.  As  water  is  distilled 
from  a  vessel  containing  seawater,  for  example,  the  salts  become  more  and 
more  concentrated  and  eventually  precipitate  out. 

Seawater  can  also  be  desalinated  using  reverse  osmosis.  Recall  that  osmo- 
sis is  the  net  movement  of  solvent  molecules,  but  not  solute  molecules,  through 

a  semipermeable  membrane.  In  osmosis  the  solvent  passes 
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■4  Figure  18.15   Reverse  osmosis. 
(a)  A  room  inside  a  reverse-osmosis  desalination 
plant,  (b)  Each  cylinder  shown  in  (a)  is  called  a 
permeator  and  contains  several  million  tiny 
hollow  fibers,  (c)  When  seawater  is  introduced 
under  pressure  into  a  permeator,  water  passes 
through  the  fiber  wall  into  the  fibers  and  is 
thereby  separated  from  all  the  ions  initially 
present  in  the  seawater. 

from  the  more  dilute  solution  into  the  more  concentrated  one.  However,  if  suf- 
ficient external  pressure  is  applied,  osmosis  can  be  stopped  and,  at  still  higher 

pressures,  reversed.  When  this  occurs,  solvent  passes  from  the  more  concen- 
trated into  the  more  dilute  solution.  In  a  modern  reverse-osmosis  facility  tiny 

hollow  fibers  are  used  as  the  semipermeable  membrane.  Water  is  introduced 
underpressure  into  the  fibers,  and  desalinated  water  is  recovered,  as  illustrated 
in  Figure  18.15  ▲. 

The  worki's  largest  desalination  plant  is  located  in  Jubail,  Saudi  Arabia. 

This  plant  provides  50%  of  that  country's  drinking  water  by  using  reverse  os- 
mosis to  desalinate  seawater  from  the  Persian  Gulf.  Such  plants  are  becoming 

increasingly  common  in  the  United  States.  In  1995,  for  example,  the  citv  of  Mel- 
bourne, Florida,  opened  a  reverse-osmosis  plant  that  can  produce  26.5  million 

gallons  of  drinking  water  a  day  Small-scale,  manually  operated  reverse- 
osmosis  desalinators  are  now  also  available  for  use  in  camping  and  traveling, 
and  at  sea  (Figure  18.16  ►). 

18.6  |  Fresh  Water  

The  United  States  is  fortunate  in  its  abundance  of  fresh  water — 1.7  X  ]()'  ■  liters 
(660  trillion  gallons)  is  the  estimated  reserve,  which  is  renewed  by  rainfall.  An 
estimated  9  X  10  liters  of  fresh  water  is  used  every  day  in  the  United  States. 
Most  of  this  is  used  for  agriculture  (41%)  and  hydroelectric  power  (39%),  with 
small  amounts  for  industry  (6%),  household  needs  (6%),  and  drinking  water 

(1%).  An  adult  needs  about  2  liters  of  water  per  day  for  drinking.  In  the  United 
States  our  daily  use  of  water  per  person  far  exceeds  this  subsistence  level, 

amounting  to  an  average  of  about  300  L/day  for  personal  consumption  and  hy- 
giene. We  use  about  8  L/person  for  cooking  and  drinking,  about  120  L/person 

for  cleaning  (bathing,  laundering,  and  housecleaning),  80  L/person  for  flushing 
toilets,  and  80  L/person  for  watering  lawns. 

▲  Figure  18.16   A  portable  desalination 
device.  This  hand-operated  water  desalinator 
works  by  reverse  osmosis.  It  can  produce  4  5  t 
(1.2  gal)  of  pure  water  from  seawater  in  an  hour 
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The  total  amount  of  fresh  water  on  Earth  is  not  a  very  large  fraction  of  the 
total  water  present.  Indeed,  fresh  water  is  one  of  our  most  precious  resources.  It 

forms  by  evaporation  from  the  oceans  and  the  land.  The  water  vapor  that  accu- 
mulates in  the  atmosphere  is  transported  by  global  atmospheric  circulation, 

eventually  returning  to  Earth  as  rain  and  snow. 

As  rain  falls  and  as  water  runs  off  the  land  on  its  way  to  the  oceans,  it  dis- 

solves a  variety  of  cations  (mainly  Na+,  K\  Mg~+,  Ca  ,  and  Fe2+),  anions 
(mainly  Cl~,  S04~~,  and  HCCh  ),  and  gases  (principally  O2,  N'2,  and  CO2).  As 
we  use  water,  it  becomes  laden  with  additional  dissolved  material,  including 
the  wastes  of  human  society.  As  our  population  and  output  of  environmental 

pollutants  increase,  we  find  that  we  must  spend  ever-increasing  amounts  of 
money  and  resources  to  guarantee  a  supply  of  fresh  water. 

T  Figure  18.17   Eutrophication.  The 
growth  of  algae  and  duckweed  in  this  pond  is  due 
to  agricultural  wastes.  The  wastes  feed  the  growth 
of  the  algae  and  weeds,  which  deplete  the  oxygen 
in  the  water,  a  process  called  eutrophication. 
A  eutrophic  lake  cannot  support  fish. 

Dissolved  Oxygen  and  Water  Quality 

The  amount  of  dissolved  Ot  in  water  is  an  important  indicator  of  water  qual- 

ity.  Water  fully  saturated  with  air  at  1  atm  and  20°C  contains  about  9  ppm  of 
O2.  Oxygen  is  necessary  for  fish  and  much  other  aquatic  life.  Cold-water  fish 
require  that  the  water  contain  at  least  5  ppm  of  dissolved  oxygen  for  survival. 

Aerobic  bacteria  consume  dissolved  oxygen  in  order  to  oxidize  organic  mate- 
rials and  so  meet  their  energy  requirements.  The  organic  material  that  the 

bacteria  are  able  to  oxidize  is  said  to  be  biodegradable.  This  oxidation  occurs 

by  a  complex  set  of  chemical  reactions,  and  the  organic  material  disappears 

gradually. 
Excessive  quantities  of  biodegradable  organic  materials  in  water  are  detri- 

mental because  they  deplete  the  water  of  the  oxygen  necessary  to  sustain  nor- 
mal animal  life.  Typical  sources  of  these  biodegradable  materials,  which  are 

called  oxygen-demanding  wastes,  include  sewage,  industrial  wastes  from  food- 
processing  plants  and  paper  mills,  and  effluent  (liquid  waste)  from  meatpack- 

ing plants. In  the  presence  of  oxygen,  the  carbon,  hydrogen,  nitrogen,  sulfur,  and 

phosphorus  in  biodegradable  material  end  up  mainly  as  CO2,  HC03~,  H2O, 
NO--,  S042~,  and  phosphates.  The  formation  of  these  oxidation  products 
sometimes  reduces  the  amount  of  dissolved  oxygen  to  the  point  where  aerobic 

bacteria  can  no  longer  survive.  Anaerobic  bacteria  then  take  over  the  decompo- 
sition process,  forming  CH4,  NH3,  H2S,  PH3,  and  other  products,  several  of 

which  contribute  to  the  offensive  odors  of  some  polluted  waters. 

Plant  nutrients,  particularly  nitro- 
gen and  phosphorus,  contribute  to 

water  pollution  by  stimulating  exces- 
sive growth  of  aquatic  plants.  The 

most  visible  results  of  excessive  plant 

growth  are  floating  algae  and  murky 
water.  More  significantly,  however,  as 

plant  growth  becomes  excessive,  the 
amount  of  dead  and  decaying  plant 

matter  increases  rapidly,  a  process 

called  eutrophication  (Figure  18.17  M). 

The  decay  of  plants  consumes  Oo  as 
the  plants  are  biodegraded,  leading  to 

the  depletion  of  oxygen  in  the  water. 
Without  sufficient  supplies  of  oxygen, 

the  water,  in  turn,  cannot  sustain  any 

form  of  animal  life.  The  most  signifi- 
cant sources  of  nitrogen  and  phospho- 

rus compounds  in  water  are  domestic 
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▲  Figure  18.18   Common  steps  in  treating  water  for  a  public  water  system. 

sewage  (phosphate-containing  detergents  and  nitrogen-containing  body  wastes), 
runoff  from  agricultural  land  (fertilizers  containing  both  nitrogen  and  phospho- 

rus), and  runoff  from  livestock  areas  (animal  wastes  containing  nitrogen). 

Treatment  of  Municipal  Water  Supplies 

The  water  needed  for  domestic  uses,  agriculture,  and  industrial  processes  is 
taken  either  from  naturally  occurring  lakes,  rivers,  and  underground  sources  or 

from  reservoirs.  Much  of  the  water  that  finds  its  way  into  municipal  water  sys- 

tems is  "used"  water:  It  has  already  passed  through  one  or  more  sewage  systems 
or  industrial  plants.  Consequently,  this  water  must  be  treated  before  it  is  dis- 

tributed to  our  faucets.  Municipal  water  treatment  usually  invok  es  five  steps: 
coarse  filtration,  sedimentation,  sand  filtration,  aeration,  and  sterilization. 

Figure  18.18  ▲  shows  a  typical  treatment  process. 
After  coarse  filtration  through  a  screen,  the  water  is  allowed  to  stand  in 

large  settling  tanks  in  which  finely  divided  sand  and  other  minute  particles  can 
settle  out.  To  aid  in  removing  very  small  particles,  the  water  may  first  be  made 
slightly  basic  by  adding  CaO.  Then  AhfSO-ih  is  added.  The  aluminum  sulfate 
reacts  with  OH  ions  to  form  a  spongv,  gelatinous  precipitate  of  AI(OHh 

(KSp  =  1.3  x  10  ).  This  precipitate  settles  slowly,  carrying  suspended  parti- 
cles down  with  it,  thereby  removing  nearly  all  finely  divided  matter  and  most 

bacteria.  The  water  is  then  filtered  through  a  sand  bed.  Following  filtration,  the 
water  may  be  sprayed  into  the  air  to  hasten  the  oxidation  of  dissolv  ed  organic 
substances. 

The  final  stage  of  the  operation  normally  involves  treating  the  water  with  a 
chemical  agent  to  ensure  the  destruction  of  bacteria.  Ozone  is  most  effective, 
but  it  must  be  generated  at  the  place  where  it  is  used.  Chlorine,  Cb,  is  therefore 

more  convenient.  Chlorine  can  be  shipped  in  tanks  as  a  liquefied  gas  and  dis- 
pensed from  the  tanks  through  a  metering  device  directly  into  the  water  sup- 

ply. The  amount  used  depends  on  the  presence  of  other  substances  with  which 
the  chlorine  might  react  and  on  the  concentrations  of  bacteria  and  viruses  to  be 

removed.  The  sterilizing  action  of  chlorine  is  probably  due  not  to  Cb  itself,  but 
to  hypochlorous  acid,  which  forms  when  chlorine  reacts  with  water: 

Cl2(a<7)  +  hhO(/)  *  HClO(fl^)  +  H+{aq)  +  CI  (aq)  [18.15] 
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LOOK    Water  Softening 

ater  containing  a  relatively  high  concentration  of  Ca2+, 
Mg  ,  and  other  divalent  cations  is  called  hard  water. 

Although  the  presence  of  these  ions  is  generally  not  a  health 
threat,  they  can  make  water  unsuitable  for  some  household 
and  industrial  uses.  For  example,  these  ions  react  with  soaps 
to  form  an  insoluble  soap  scum,  the  stuff  of  bathtub  rings.  In 
addition,  mineral  deposits  may  form  when  water  containing 

i  these  ions  is  heated.  When  water  containing  calcium-ions  and 
bicarbonate  ions  is  heated,  some  carbon  dioxide  is  driven  off. 

As  a  result,  the  solution  becomes  less  acidic  and  insoluble  cal- 
cium carbonate  forms: 

C^-'(nq)  -  2  HCOy  (<?«/)   >  CaC03(s)  -  C02(#)  +  H20(/) 

The  solid  CaCO-,  coats  the  surface  of  hot-water  systems 
and  teakettles,  thereby  reducing  heating  efficiency.  These  de- 

posits, called  scale,  can  be  especially  serious  in  boilers  where 
water  is  heated  under  pressure  m  pipes  running  through  a  fur- 

i  nace.  Formation  of  scale  reduces  the  efficiency  of  heat  transfer 
and  reduces  the  flow  of  water  through  pipes  (Figure  18.19  ▼). 

The  removal  of  the  ions  that  cause  hard  water  is  called 

water  softening.  Not  all  municipal  water  supplies  require  water 
softening.  In  those  that  do,  the  water  is  generally  taken  from  un- 

derground sources  in  which  it  has  had  considerable  contact 

with  limestone,  CaCCh,  and  other  minerals  containing  Ca~', 
Mg~\  and  Fe   .  The  lime-soda  process  is  used  for  large-scale 

<  Figure  18.19  Scale 
formation.  A  section  of  water  pipe 
that  has  been  coated  on  the  inside 
with  CaC03  and  other  insoluble 
salts  deposited  from  hard  water. 

municipal  water-softening  operations.  The  water  is  treated  with 
lime,  CaO  [or  slaked  lime,  Ca(OH)2],  and  soda  ash,  Na2COv 

These  chemicals  precipitate  Ca2'  asCaC03(/C;,  =  4.5  x  10  4) 
and  Mg2"  as  Mg(OH):  ( K„,,  =  1.6  x  10  12): 

Ca2^/)  +  COr  T<?(/)   *  CaC03(s) 

Mg-(mj)  +  20YT{aq)   >  Mg(OH)2(s) 

Ion  exchange  is  ci  typical  household  method  for  water 
softening.  In  this  procedure  the  hard  water  is  passed  through 
a  bed  of  an  ion-exchange  resin:  plastic  beads  with  covalently 

bound  anion  groups  such  as  — COO  or  — SO-,  .  These  neg- 
atively charged  groups  have  Na  ions  attached  to  balance 

their  charges.  The  Ca"  ions  and  other  cations  in  the  hard  | 
water  are  attracted  to  the  anionic  groups  and  displace  the 

lower-charged  Na '  ions  into  the  water.  Thus,  one  type  of  ion  is 
exchanged  for  another.  To  maintain  charge  balance,  2  Na*  ions 
enter  the  water  for  each  Ca-"  removed.  If  we  represent  the 
resin  with  its  anionic  site  as  R  —  COO  ,  we  can  write  the  equa-  I 
tion  for  the  process  as  follows: 

2  Na(R— COO)(s)  +  Ca2~(aq) 
Ca(R  —  COO)2(s)  +  2Na+(fl<}0 

Water  softened  in  this  way  contains  an  increased  concen- 

tration of  Na'  ions.  Although  Na"  ions  do  not  form  precipi- 
tates or  cause  other  problems  associated  with  hard-water 

cations,  individuals  concerned  about  their  sodium  intake, 
such  as  those  who  have  high  blood  pressure  (hypertension), 
should  avoid  drinking  water  softened  in  this  way. 

When  all  the  av  ailable  Na*  ions  have  been  displaced  from 
the  ion-exchange  resin,  the  resin  is  regenerated  by  flushing  it 
with  a  concentrated  solution  of  NaCl.  Homeowners  can  do 

this  by  charging  their  units  with  large  amounts  of  NaCl(s), 

which  can  be  purchased  at  most  grocery  stores.  The  high  con-  ' 
centration  of  Na~  forces  the  equilibrium  shown  in  the  earlier 
equation  to  shift  to  the  left,  causing  the  Na*  ions  to  displace 
the  hard-water  cations,  which  are  flushed  down  the  drain. 

18.7  |  Green  Chemistry  

Since  the  1970s,  more  and  more  people  have  realized  that  the  planet  on  which 
we  live  is,  to  a  large  extent,  a  closed  system.  There  is  a  growing  realization  that 

if  humankind  is  to  thrive  in  the  future,  we  must  create  a  sustainable  society — 
that  is,  a  society  in  which  all  the  processes  we  humans  carry  out  are  in  balance 

with  Earth's  natural  processes,  a  society  in  which  no  toxic  materials  are  re- 
leased to  the  environment  and  in  which  our  needs  are  met  with  renewable  re- 

sources. Finally,  all  of  this  must  be  accomplished  with  the  expenditure  of  the 
least  possible  amount  of  energy. 

Although  the  chemical  industry  is  but  a  small  part  of  the  whole,  chemical 

processes  are  involved  in  nearly  all  aspects  of  modern  life.  Chemistry  is  there- 
lore  at  the  heart  of  efforts  to  accomplish  these  goals.  The  green  chemistry  ini- 

tiative promotes  the  design  and  application  of  chemical  products  and  processes 
that  are  compatible  with  human  health  and  that  preserve  the  environment. 
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Some  of  the  major  principles  that  govern  given  chemistry  are  the  follow  ing: 

•  It  is  better  to  prevent  waste  than  to  treat  or  clean  it  up  after  it  has  been  created. 

•  In  synthesizing  new  substances,  the  method  employed  should  generate  as 
little  waste  product  as  possible.  T  hose  substances  that  are  generated  should 
possess  little  or  no  toxicity  to  human  health  or  towards  the  environment. 

•  Chemical  processes  should  be  designed  to  be  as  energy-efficient  as  possi- 
ble, avoiding  high  temperatures  and  pressures. 

•  Catalysts  that  permit  the  use  of  common  and  safe  reagents  should  be  em- 
ployed whenever  possible. 

•  The  raw  materials  for  chemical  processes  should  be  renewable  feedstocks 
whenever  technically  and  economically  feasible. 

•  Auxiliary  substances,  such  as  solvents,  should  be  eliminated  or  made  as  in- 
nocuous as  possible. 

Let's  consider  some  of  the  areas  in  which  green  chemistry  can  operate  to 
improve  environmental  quality. 

Solvents  and  Reagents 

A  major  area  of  concern  in  chemical  processes  is  the  use  of  volatile  organic  com- 
pounds as  solvents  for  reactions.  Generally,  the  solvent  in  w  hich  a  reaction  is 

run  is  not  consumed  in  the  reaction,  and  there  are  unavoidable  releases  of  sol- 

vent into  the  atmosphere  even  in  the  most  carefully  controlled  processes.  Fur- 
ther, the  solvent  may  be  toxic  or  may  decompose  to  some  extent  during  the 

reaction,  thus  creating  w  aste  products.  The  use  of  supercritical  fluids  ("Chem- 
istry at  Work"  box,  Section  11.4)  represents  a  way  to  replace  conventional  sol- 
vents with  other  reagents.  Recall  that  a  supercritical  fluid  is  an  unusual  state  of 

matter  that  has  properties  of  both  a  gas  and  a  liquid.  Water 

and  carbon  dioxide  are  the  two  most  popular  choices  as  supercritical  fluid  sol- 
vents. One  recently  developed  industrial  process,  for  example,  replaces  chloro- 

fluorocarbon  solvents  with  liquid  or  supercritical  CO2  in  the  production  of 
polytetrafluoroethylene  ([CRCR],,,  sold  as  Teflon  ).  The  chlorofluorocarbon 

solvents,  aside  from  their  costs,  have  harmful  effects  on  Earth's  ozone  layer 
(Section  18.3).  However,  CO2  does  participate  in  global  warming  processes,  as 

we  saw  in  earlier  in  this  chapter.  Therefore,  in  making  choices  about  "being 
green,"  there  are  trade-offs. 

As  a  further  example,  para-xylene  is  oxidized  to  form  terephthalic  acid, 
which  in  turn  is  used  to  make  polyethylene  terephthalate  (PET)  plastic  and 
polyester  fiber  (Section  12.2,  Table  12.4): 

O  O 

190°C,  20atm  //—A  II 

CH3H^CH1  +  3Q,     c,iti|w    '  HO-C^Q^C-OH  i  2  H2Q 

para-Xylene  Terephthalic  acid 

This  commercial  process  requires  pressuri/ation  and  a  relatively  high  tem- 
perature. The  catalyst  is  a  manganese/cobalt  mixture,  oxygen  is  the  oxidizing 

agent,  and  the  solvent  is  acetic  acid  (CH3COOH).  A  group  at  the  University  of 

Nottingham  in  England  has  developed  an  alternative  route  that  employs  su- 
percritical water  as  the  solvent  (Table  11.5)  and  hydrogen  peroxide  as  the  oxi- 

dant. This  alternative  process  has  several  potential  advantages,  most 

particularly  the  elimination  of  acetic  acid  as  solvent  and  the  use  of  an  innocu- 
ous oxidizing  agent.  Whether  it  can  successfully  replace  the  existing  commer- 
cial process  depends  on  many  factors,  which  will  require  further  research. 
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A  Figure  18.20   Phosgene  use.  These  CDs 
are  formed  from  a  polycarbonate  plastic 
manufactured  in  a  process  that  uses  phosgene 
gas  as  a  starting  material. 

Another  relatively  environmentally  friendly  substance  that  is  a  promising 

candidate  as  a  reagent  or  solvent  is  dimethyl  carbonate,  which  has  polar  char- 

acter and  a  relatively  low  boiling  point  (90°C).  It  could  replace  less  environ- 
mentally friendly  substances  such  as  dimethyl  sulfate  and  methyl  halides  as  a 

reagent  that  supplies  the  methyl  (CH3)  group  in  reactions: 

O 

CH,— O— S— O— CH-, 
II 
O 

Dimethyl  sulfate 

CH,— CI 

Methyl  chloride 
CH^— O- 

Dimethyl  carbonate 

It  might  also  be  used  in  place  of  a  reagent  such  as  phosgene,  CI  —  CO  —  CI  (see 
the  Sample  Integrative  Exercise  in  Chapter  8).  Not  only  is  phosgene  itself  toxic, 

the  production  of  phosgene  forms  CCI4  as  an  undesirable  by-product: 
CO(y)  +  Cl2(g) 

COCI2(x)  +  CCl4(x)  (by-product) 

Phosgene  is  widely  used  as  a  reagent  in  commercially  important  reactions,  such 

as  formation  of  polycarbonate  plastics  (Figure  18.20  -4) 

11  Cl- 

O 

II 

-C- 
-Cl  +  //  HO 

CH3 

C 

CH3 

Bisphenol  
A 

OH 

O—  +  In  HC1 

If  dimethyl  carbonate  could  be  substituted  for  phosgene  in  such  reactions,  the 

by-product  of  the  reaction  would  be  methanol,  CH^OH,  rather  than  HC1. 
Another  reaction  in  which  phosgene  is  used  is  in  the  synthesis  of  ure- 

thanes,  which  can  be  further  reacted  to  make  polyurethanes.  The  reaction  also 

produces  HC1,  a  strong  acid.  A  "green"  synthesis  of  urethanes  uses  CO2  instead 
of  phosgene,  and  the  by-product  is  water,  not  HC1: 

Traditional  synthesis: 

I.  RNEh  +  C1C(0)C1 

2.  R  — N=C  =  0  +  R'  — OH 

N  =  C  =  0  +  2HC1 

I  I 

— >   R  — N— C— O— R' 
O 

Green  synthesis: 

1    RNH2  +  C02      — »   R  — N=C=0  +  H20 

1 1 

2.  R — N=C=0  +  R'— OH        >   R  —  N— C— O— R' 

O 
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Q    GIVE  IT  SOME  THOUGHT 

We  noted  earlier  that  increasing  carbon  dioxide  levels  contribute  to  global  warming, 

which  seems  like  a  bad  thing,  but  now  we  are  saying  that  using  carbon  dioxide  in  indus- 
trial processes  is  a  good  thing  for  the  environment.  Explain  this  seeming  contradiction. 

Other  Processes 

Many  processes  that  are  important  in  modern  society  use  chemicals  not  found 

in  nature.  Let's  brieflv  examine  two  ol  these  processes,  dry  cleaning  and  the 
coating  of  automotive  bodies  to  prevent  corrosion,  and  consider  alternatives 
being  developed  to  reduce  harmful  env  ironmental  impacts. 

Dry  cleaning  ol  clothing  typically  uses  a  chlorinated  organic  solv  ent  such 

as  tetrachloroethylenc  (Cl2C  =  CCl2),  which  may  cause  cancer  in  humans.  The 
widespread  use  of  this  and  related  solvents  in  drv  cleaning,  metal  cleaning,  and 

other  industrial  processes  has  contaminated  groundwater  in  some  areas.  Alter- 
native dry-cleaning  methods  that  employ  liquid  CO],  along  with  special  clean- 

ing agents,  are  being  successfully  commercialized  (Figure  IS. 21  ►). 
The  metal  bodies  of  cars  are  coated  extensively  during  manufacture  to 

prevent  corrosion.  One  of  the  key  steps  is  the  electrodeposition  of  a  layer  of 
metal  ions  that  creates  an  interlace  between  the  vehicle  body  and  polymeric 
coatings  that  serve  as  the  undercoat  tor  painting.  In  the  past,  lead  was  the 
metal  of  choice  for  inclusion  in  the  electrodeposition  mixture.  Because  lead  is 
highly  toxic,  however,  its  use  in  other  paints  and  coatings  has  been  virtually 
eliminated,  and  a  relatively  nontoxic  yttrium  hydroxide  alternative  to  lead 

has  been  developed  as  an  automotive  coating  (Figure  IS. 22  T).  When  this 

coating  is  subsequently  heated,  the  hydroxide  is  converted  to  the  oxide,  pro- 
ducing an  insoluble  ceramic-like  coating. 

A  Figure  18.21    Green  chemistry  for  your 
clothes  This  dry-cleaning  apparatus  employs 

liquid  C02  as  the  solvent. 

The  Challenges  of  Water  Purification 

Access  to  clean  water  is  essential  to  the  workings  of  a  stable,  thriving  society.  We 

have  seen  in  the  previous  section  that  disinfection  of  water  is  an  important  step  in 
water  treatment  for  human  consumption.  Water  disinfection  is  one  of  the  greatest 

public  health  innovations  in  human  history.  It  has  dramatically  decreased  the  in- 
cidences of  water-borne  bacterial  diseases  such  as  cholera  and  typhus.  But  this 

great  benefit  comes  at  a  price. 

4  Figure  18.22   Green  chemistry  for  your 
car.  An  automobile  body  receives  a  corrosion- 
protection  coating  containing  yttrium  in  place (if  Icid 
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In  1974  scientists  in  both  Europe  and  the  United  States  discovered  that 

chlorination  of  water  produces  a  group  of  by-products  that  had  previously 
gone  undetected.  These  by-products  are  called  trihalomethanes  (THMs)  because 
all  have  a  single  carbon  atom  and  three  halogen  atoms:  CHCh,  CHCl2Br, 

CHClBr^,  and  CHBrv  These  and  many  other  chlorine-  and  bromine-containing 
organic  substances  are  produced  by  the  reaction  of  aqueous  chlorine  with  or- 

ganic materials  present  in  nearly  all  natural  waters,  as  well  as  with  substances 

that  are  by-products  of  human  activity  Recall  that  chlorine  dissolves  in  water 
to  form  HCIO,  which  is  the  active  oxidizing  agent 

Cl2(g)  +  H20(/)  -  — ►  HClO(fl^)  +  HCl(fl^)  |18.16] 

HCIO  in  turn  reacts  with  organic  substances  to  form  the  THMs.  Bromine  enters 

through  the  reaction  of  HC  K  )  with  dissolved  bromide  ion: 

HOCl(rt(j)  +  Br~(</</)  -  —  HBrO(fl^)  +  Cr(aq)  [18.17] 

HBrO((?</)  halogenates  organic  substances  analogously  to  HC\0(aq). 

Some  THMs  and  other  halogenated  organic  substances  are  suspected  car- 

cinogens; others  interfere  with  the  body's  endocrine  system.  As  a  result,  the 
World  Health  Organization  and  the  EPA  have  placed  concentration  limits  of 

80  (80  ppb)  on  the  total  quantity  of  such  substances  in  drinking  water.  The 
goal  is  to  reduce  the  levels  of  THMs  and  related  substances  in  the  drinking  water 

supply  while  preserv  ing  the  antibacterial  effectiveness  of  the  water  treatment.  In 
some  cases  simply  lowering  the  concentration  of  chlorine  may  provide  adequate 

disinfection  while  reducing  the  concentrations  of  THMs  formed.  Alternative  oxi- 

dizing agents,  such  as  ozone  (O-?)  or  chlorine  dioxide  (ClOo),  produce  less  of  the 
halogenated  substances,  but  they  have  their  own  disadvantages.  Each  is  capable 
of  oxidizing  aqueous  bromide,  as  shown,  for  example,  for  ozone: 

03(aq)  +  Br~(aq)  +  H20(Z)   ►  HBrO(rt<;)  +  02(nq)  +  OH~{aq)  [18.18] 

HBrO(aq)  +  2  03(fl(/)   ►  Br03~(aq)  +  202(aq)  +  H+(aq)  [18.19] 

As  we  have  seen,  HBrO(m/)  is  capable  of  reacting  with  dissolved  organic  sub- 
stances to  form  halogenated  organic  compounds.  Furthermore,  bromate  ion 

has  been  shown  to  cause  cancer  in  animal  tests. 

There  seem  to  be  no  completely  satisfactory  alternatives  to  chlorination  at 
present.  The  risks  of  cancer  from  THMs  and  related  substances  in  municipal 

water  are  very  low,  however,  compared  to  the  risks  of  cholera,  typhus,  and  gas- 
trointestinal disorders  from  untreated  water.  When  the  water  supply  is  cleaner 

to  begin  with,  less  disinfectant  is  needed;  thus,  the  danger  of  contamination 

through  disinfection  is  reduced.  Once  the  THMs  are  formed,  their  concentra- 
tions in  the  water  supply  can  be  reduced  by  aeration  because  the  THMs  are 

more  volatile  than  water.  Alternatively,  they  can  be  removed  by  adsorption 
onto  activ  ated  charcoal  or  other  adsorbents. 

■I  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 
(a)  Acids  from  acid  rain  or  other  sources  are  no  threat  to  lakes  in  areas  where  the  rock 
is  limestone  (calcium  carbonate),  which  can  neutralize  the  excess  acid.  Where  the 

rock  is  granite,  however,  no  such  neutralization  occurs.  How  does  the  limestone  neu- 
tralize the  acid?  (b)  Acidic  water  can  be  treated  with  basic  substances  to  increase  the 

pH,  although  such  a  procedure  is  usually  only  a  temporary  cure.  Calculate  the  mini- 
mum mass  of  lime,  CaO,  needed  to  adjust  the  pH  of  a  small  lake  (V  =  4  X  109  L) 

from  5.0  to  6.5.  Why  might  more  lime  be  needed? 

Solution 
Analyze:  We  need  to  remember  what  a  neutralization  reaction  is,  and  calculate  the 
amount  of  a  substance  needed  to  effect  a  certain  change  in  pH. 
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Plan:  For  (a),  we  need  to  think  about  how  acid  can  react  with  calcium  carbonate, 
which  evidently  does  not  happen  with  acid  and  granite.  For  (b),  we  need  to  think 
about  what  reaction  would  happen  with  acid  and  CaO  and  do  stoichiometric  calcula- 

tions. From  the  proposed  change  in  pH,  we  can  calculate  the  change  in  proton  con- 
centration needed  and  then  figure  out  how  much  CaO  it  would  take  to  do  the 

reaction. 

Solve:  (a)  The  carbonate'  ion,  which  is  the  anion  of  a  weak  acid,  is  basic. 

Thus,  the  carbonate  ion,  COr  ,  reacts  with  H  '((/</).  It  the 
concentration  of  H  '  (aq)  is  small,  the  major  product  is  the  bicarbonate  ion,  HCO-,  .  If 
the  concentration  of  H  '  (nq)  is  higher,  however,  I  hCOi  forms  and  decomposes  to  CO2 and  H20. 

(b)  The  initial  and  final  concentrations  of  II  y(acj)  in  the  lake  are  obtained  from 
their  pH  values: 

[H+]initia]  =  10  5  0  =  1  x  10  5  M  and  [H+]fina|  -  l(T6  5  =  3  x  10  7  M 

Using  the  volume  of  the  lake,  we  can  calculate  the  number  of  moles  of  H  '  (nq)  at  both 
pH  v  alues: 

(1  x  10  5mol/L)(4.0  x  109  L)  =  4  x  104  mol 

(3  •   10  7  mol  L)(4.0  ■   Id"  L)      I       103  mol 

Hence,  the  change  in  the  amount  of  H '  (nq)  is  4  x  1()4  mol  -  1  X  10' mol 
4  x  104  mol. 

Let's  assume  that  all  the  acid  in  the  lake  is  completely  ionized,  so  that  only  the  free 
H  ' (nq)  measured  by  the  pH  needs  to  be  neutralized.  We  will  need  to  neutralize  at  least that  much  acid,  although  there  may  be  a  great  deal  more  acid  in  the  lake  than  that. 

The  oxide  ion  of  CaO  is  very  basic.  In  the  neutralization  reac- 
tion 1  mol  of  O2  reacts  with  2  mol  of  II  to  form  1 120.  Thus,  4  X  1()4  mol  of  1 1  re- 

quires the  following  number  of  grams  of  CaO: 

,  .  /  I  mol  CaO  V36-1  £Ca°\  ,      ,  n 
(4  x  104  mol  II  )  -  ,     ̂     =  1  x  106  g  CaO 

,  2  mol  1 1    /\  1  mol  CaO 

This  amounts  to  slightly  more  than  a  ton  of  CaO.  That  would  not  be  very  costly  be- 
cause CaO  is  an  inexpensive  base,  selling  for  less  than  $100  per  ton  when  purchased 

in  large  quantities.  The  amount  of  CaO  calculated  above,  however,  is  the  very  mini- 
mum amount  needed  because  there  are  likely  to  be  weak  acids  in  the  water  that  must 

also  be  neutralized.  This  liming  procedure  has  been  used  to  adjust  the  pi  I  of  some 
small  lakes  to  bring  their  pi  1  into  the  range  necessary  for  fish  to  live.  The  lake  in  our 
example  would  be  about  a  half  mile  long,  a  half  mile  wide,  and  have  an  average 
depth  of  20  ft. 

SUMMARY  AND  KEY  TERMS 

Sections  18.1  and  18.2  In  these  sections  we  exam- 

ined the  physical  and  chemical  properties  of  Earth's 
atmosphere.  The  complex  temperature  variations  in  the 

atmosphere  give  rise  to  four  regions,  each  with  charac- 
teristic properties.  The  lowest  of  these  regions,  the 

troposphere,  extends  from  Earth's  surface  up  to  an  alti- 
tude of  about  12  km.  Above  the  troposphere,  in  order  ol 

increasing  altitude,  are  the  stratosphere,  mesosphere, 

and  thermosphere.  In  the  upper  reaches  of  the  atmo- 
sphere, only  the  simplest  chemical  species  can  survive 

the  bombardment  of  highly  energetic  particles  and  radia- 
tion from  the  Sun.  The  average  molecular  weight  of  the 

atmosphere  at  high  elevations  is  lower  than  that  at 

Earth's  surface  because  the  lightest  atoms  and  molecules 
diffuse  upward  and  also  because  of  photodissociation, 
which  is  the  breaking  of  bonds  in  molecules  because  of 
the  absorption  of  light.  Absorption  of  radiation  may  also 
lead  to  the  formation  of  ions  via  photoionization. 

Section  18.3  Ozone  is  produced  in  the  upper  atmo- 
sphere from  the  reaction  of  atomic  oxygen  with  0:. 

Ozone  is  itselt  decomposed  by  absorption  ol  a  photon 
or  by  reaction  with  an  active  species  such  as  NO. 
Chlorofluorocarbons  can  undergo  photodissociation  in 

the  stratosphere,  introducing  atomic  chlorine,  which  is 

capable  of  cataiytically  destroying  ozone.  A  marked  re- 
duction in  the'  ozone  level  in  the  upper  atmosphere 

would  have  serious  adverse  consequences  because-  the 
ozone'  layer  filters  out  certain  wavelengths  of  ultravio- 

let light  that  are'  not  removed  by  any  other  atmospheric 

component. 

Section  18.4  In  the  troposphere  the  chemistry  ol  trace 

atmospheric  components  is  ol  major  importance.  Manv 

of  the'se  minor  components  are-  pollutants.  Sulfur  diox- 
ide is  one  of  the  more  noxious  and  prevalent  examples. 

It  is  oxidized  in  air  to  form  sulfur  trioxide,  which,  upon 
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dissolving  in  water,  forms  sulfuric  acid.  The  oxides  of 
sulfur  are  major  contributors  to  acid  rain.  One  method 

of  preventing  the  escape  of  SO2  from  industrial  opera- 
tions is  to  react  the  SOt  with  CaO  to  form  calcium  sulfite 

(CaS03). 

Carbon  monoxide  (CO)  is  found  in  high  concentra- 
tions in  automobile  engine  exhaust  and  in  cigarette 

smoke.  CO  is  a  health  hazard  because  it  can  form  a  strong 
bond  with  hemoglobin  and  thus  reduce  the  capacity  for 
blood  to  transfer  oxygen  from  the  lungs. 

Photochemical  smog  is  a  complex  mixture  of  compo- 
nents in  which  both  nitrogen  oxides  and  ozone  play  im- 

portant roles.  Smog  components  are  generated  mainly  in 
automobile  engines,  and  smog  control  consists  largely  of 
controlling  auto  emissions. 

Carbon  dioxide  and  water  vapor  are  the  major  com- 
ponents of  the  atmosphere  that  strongly  absorb  infrared 

radiation.  COo  and  EhO  are  therefore  critical  in  maintain- 

ing Earth's  temperature.  The  concentrations  of  COt  and 
other  so-called  greenhouse  gases  in  the  atmosphere  are 
thus  important  in  determining  worldwide  climate.  As  a 
result  of  the  extensive  combustion  of  fossil  fuels  (coal,  oil, 

and  natural  gas),  the  carbon  dioxide  level  of  the  atmo- 
sphere is  steadily  increasing. 

Section  18.5  Seawater  contains  about  3.5%  by  mass  of 

dissolved  salts  and  is  described  as  having  a  salinity  of  35. 

Seawater 's  density  and  salinity  vary  with  depth.  Because 
most  of  the  world's  water  is  in  the  oceans,  humans  may 
eventually  look  to  the  seas  for  fresh  water.  Desalination 

is  the  removal  of  dissolved  salts  from  seawater  or  brack- 

ish water  to  make  it  fit  for  human  consumption.  Desali- 
nation may  be  accomplished  by  distillation  or  by  reverse 

osmosis. 

Section  18.6  Fresh  water  contains  many  dissolved  sub- 
stances, including  dissolved  oxygen,  which  is  necessary 

for  fish  and  other  aquatic  life.  Substances  that  are  decom- 
posed by  bacteria  are  said  to  be  biodegradable.  Because 

the  oxidation  of  biodegradable  substances  by  aerobic 
bacteria  consumes  dissolved  oxygen,  these  substances 

are  called  oxygen-demanding  wastes.  The  presence  of  an 
excess  amount  of  oxygen-demanding  wastes  in  water  can 
sufficiently  deplete  the  dissolved  oxygen  to  kill  fish  and 
produce  offensive  odors.  Plant  nutrients  can  contribute  to 

the  problem  by  stimulating  the  growth  of  plants  that  be- 
come oxygen-demanding  wastes  when  they  die. 

The  water  available  from  freshwater  sources  may  re- 
quire treatment  before  it  can  be  used  domestically.  The 

several  steps  generally  used  in  municipal  water  treatment 
include  coarse  filtration,  sedimentation,  sand  filtration, 

aeration,  sterilization,  and  sometimes  water  softening. 

Water  softening  is  required  when  the  water  contains  ions 

such  as  Mg2+  and  Ca2+,  which  react  with  soap  to  form 
soap  scum.  Water  containing  such  ions  is  called  hard 
water.  The  lime-soda  process,  which  involves  adding  CaO 

and  Na2C03  to  hard  water,  is  sometimes  used  for  large- 
scale  municipal  water  softening.  Individual  homes  usually 

rely  on  ion  exchange,  a  process  by  which  hard-water  ions 

are  exchanged  for  Na+  ions. 

Section  18.7  The  green  chemistry  initiative  promotes 

the  design  and  application  of  chemical  products  and 

processes  that  are  compatible  with  human  health  and  that 

preserve  the  environment.  The  areas  in  which  the  princi- 

ples of  green  chemistry  can  operate  to  improve  environ- 
mental quality  include  choices  of  solvents  and  reagents  for 

chemical  reactions,  development  of  alternative  processes, 

and  improvements  in  existing  systems  and  practices. 

VISUALIZING  CONCEPTS 

18.1  At  room  temperature  (2L>8  K)  and  1  arm  pressure  (which 
corresponds  to  the  atmospheric  pressure  at  sea  level), 

one  mole  of  an  ideal  gas  occupies  a  volume  of  22.4  L,  ac- 
cording to  the  ideal-gas  equation 

I  his  is  approximately  the  volume  of  11  2-liter  soda  bot- 
tles, (a)  Looking  back  at  Figure  18.1,  do  you  predict  that 

I  mole  of  an  ideal  gas  in  the  middle  of  the  stratosphere 
would  occupy  a  greater  or  smaller  volume  than  22.4  L? 

(b)  l  ooking  at  Figure  18.1(a),  we  see  that  the  tempera- 
ture is  lower  at  85  km  altitude  than  at  51)  km.  Does  this 

mean  tli.il  one  mole  of  an  ideal  gas  would  occupy  less 
volume  .il  85  km  than  at  50  km?  Explain.  [Section  18.1] 

18.2  Molecules  in  the  upper  atmosphere  tend  to  contain  dou- 
ble and  triple  bonds  rather  than  single  bonds.  Suggest 

an  explanation.  [Sec  tion  18.2) 

18.1  Why  does  ozone  concentration  in  the  atmosphere  vary 
,is  a  function  ol  altitude  (see  Figure  18.4)?  [Section  18.3] 

18.4  You  are  working  with  an  artist  who  has  been  commis- 
sioned to  make  a  sculpture  for  a  big  city  in  the  eastern 

United  States.  The  artist  is  wondering  what  material  to 
make  her  sculpture  out  of,  since  she  has  heard  that  acid 
rain  in  the  eastern  U.S.  might  destroy  it  over  time.  You 

take  samples  of  granite,  marble,  bronze  and  other  mate- 
rials, and  place  them  outdoors  for  a  long  time  in  the  big 

city.  You  periodically  examine  the  appearance  of,  and 
measure  the  mass  of,  the  samples  during  the  course  of 
vour  study,  (a)  What  observations  would  lead  you  to 
conclude  that  one,  or  more,  of  the  materials  were  well- 
suited  for  the  sculpture?  (b)  In  those  samples  that  show 
erosion  through  exposure,  what  chemical  process  or 
processes  is  the  most  likely  source  of  the  erosion? 
[Section  18.4] 

18.5  How  does  carbon  dioxide  interact  with  the  world 
ocean?  [Section  18.5] 
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18.6  The  following  picture'  represents  an  ion-exchange  column, 

in  which  wo ter  containing  "hard"  ions,  likeCa  ,  is  added 
to  the  top  of  the  column,  and  out  the  bottom  comes  "soft- 

ened" water  that  has  Na'  instead  of  C,r'  in  it.  Explain 
what  is  happening  in  the  column.  [Section  18.6] 

Add  hard  water 

to  top  of  column 

Special  plastic 
head 

18.7  Describe  the  basic  principles  of  green  chemistry. 
[Section  IS. 7] 

18.8  One  mystery  in  environmental  science  is  the  imbalance 
m  tin-  "carbon  dioxide  budget."  Considering  onh 
human  activities,  scientists  have  estimated  that  1.6  bil- 

lion metric  tons  of  CO;  is  added  to  the  atmosphere 

every  year  because  of  deforestation  (plants  use  COi  to 
make  glucose,  and  fewer  plants  w  ill  leave  more  COi  in 
the  atmosphere)  and  another  5.5  billion  tons  per  year  is 

put  into  the  atmosphere  as  a  result  of  fossil-fuel  burn- 
ing. It  is  further  estimated  (again,  considering  onh 

human  activities)  thai  the  atmosphere  actually  has 
taken  up  about  3.3  billion  tons  of  CO;  per  year,  w  hile 
the  oceans  have  taken  up  2  billion  tons  per  year,  leaving 
about  l.S  billion  tons  of  CO;  per  year  unaccounted  for. 

This  "missing"  CO;  is  assumed  to  he  taken  up  b\  the 
"land."  What  do  you  think  might  be  happening? 

Soft  water  conies 

^    out  the  bottom 

EXERCISES 

Earth's  Atmosphere 

18.9  (a)  What  is  the  primary  basis  for  the  division  of  the  at- 
mosphere into  different  regions1  (b)  Name  the  regions 

of  the  atmosphere,  indicating  the  altitude  interval  for 
each  one. 

18.10  (a)  How  are  the  boundaries  between  the  regions  ot  the 

atmosphere  determined1  (b)  Explain  why  the  strato- 
sphere, which  is  more  than  20  miles  thick,  has  a  smaller 

total  mass  than  the  troposphere,  which  is  less  than  10 
miles  thick. 

18.11  Mexico  has  set  an  air  quality  standard  of  1 10  ppb  (parts 
per  billion)  for  ozone,  but  frequently  the  ozone  levels  ac- 

tually measured  are  much  higher.  The  concentration  of 
ozone  in  Mexico  Citv  has  been  measured  at  441  ppb 
(0.441  ppm).  Mexico  City  sits  at  an  altitude  of  7400  feet, 

which  means  its  atmospheric  pressure  is  onh'  0.(v  atm. 
(  .ill  ill, ilf  the  partial  pressure  ol  ozone  at  441  ppb  il  the 

atmospheric  pressure  is  0.67  atm. 
18.12  From  the  data  in  fable  18.1,  calculate  the  partial  pres- 

sures of  carbon  dioxide  and  argon  w  hen  the  total  atmo- 

spheric pressure  is  98.6  kl'a. 
18.13  The  average  concentration  ol  carbon  monoxide  in  air  in 

Dayton,  Ohio,  was  3.4  ppm  in  the  year  2000.  Calculate 
the  number  of  CO  molec ules  in  1.0  L of  this  air  at  a  pres- 

sure of  755  torr  and  a  temperature  ol  22  C, 
18.14  (a)  From  the  data  in  fable  18.1,  what  is  the  concentration 

ol  neon  m  the  atmosphere  in  ppm?  (b)  What  is  the  con- 
centration of  neon  in  the  atmosphere  in  molecules  per  I  , 

assuming  an  atmospheric  pressure  of  743  torr  and  a 

temperature  of  300  K? 

The  Upper  Atmosphere;  Ozone 

18.15  The  dissociation  energy  of  a  carbon-bromine  bond  is 
typically  about  210kJ/mol.  What  is  the  maximum 

wavelength  of  photons  that  can  cause  C  —  Br  bond 
dissociation? 

18.16  In  CFiCI  the  C  —  CI  bond-dissociation  energy  is 
339  kj/mol.  In  CCI  j  the  C  —  CI  bond-dissociation  ener- 

gy is  293  kj/mol.  What  is  the  range  of  wavelengths  of 

photons  that  can  cause  C  —  CI  bond  rupture  in  one  mol- 
ecule but  not  in  the  other? 

18.17  (a)  Distinguish  between  pliotodissociation  and  photoionizat- 
ion.  (b)  Use  the  energy  requirements  of  these  two  process- 

es to  explain  whv  pliotodissociation  of  oxvgen  is  more 
important  than  photoionization  of  oxygen  at  altitudes 
below  about  90  km. 

18.18  Whv  is  the  pliotodissociation  ol  \;  relatively  unimpor- 
tant compared  w  ith  the  pliotodissociation  ol  OC 

18.19  What  is  a  hydrofluorocarbon?  Why  are  these  compounds 
potentially  less  harmful  to  the  ozone  layer  than  CI  Cs? 

18.20  I  )raw  the  I  ewis  strut  tun'  lor  the  chlorofluorocarbon  CFC- 
1 1,  CFCl , .  What  chemical  characteristics  of  this  substance 
allow  it  to  effectively  deplete  stratospheric  ozone? 

18.21  (a)  Why  is  the  fluorine  present  in  chlorofluorocarbons 
not  a  major  contributor  to  depletion  ol  the  ozone  layer? 
(b)  What  are  the  chemical  forms  in  which  chlorine  exists 

in  the  stratosphere  following  cleavage  of  the  carbon- 
chlorine  bond? 

18.22  Would  you  expe<  t  the  substance  CFBr?  to  be  effective  in 
depleting  the  ozone  layer,  assuming  that  it  is  present  in 
the  stratosphere?  Explain. 
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18.23  For  each  of  the  following  gases,  make  a  list  of  known  or 
possible  naturally  occurring  sources:  (a)  CH4,  (bJSO^, 
(c)  NO,  (d)  CO. 

18.24  Why  is  rainwater  naturally  acidic,  even  in  the  absence  oi 

polluting  gases  such  as  S02? 

18.25  (a)  Write  a  chemical  equation  that  describes  the  attack  of 

acid  rain  on  limestone,  CaCOv  (b)  It  a  limestone  sculp- 
ture were  treated  to  form  a  surface  layer  of  calcium  sul- 
fate, would  this  help  to  slow  down  the  effects  of  acid 

rain?  Explain. 
18.26  The  first  stage  in  corrosion  of  iron  upon  exposure  to  air 

is  oxidation  to  Fe~+.  (a)  Write  a  balanced  chemical  equa- 
tion to  show  the  reaction  of  iron  with  oxygen  and  pro- 
tons from  acid  rain,  (b)  Would  you  expect  the  same  sort 

of  reaction  to  occur  with  a  silver  surface?  Explain. 

18.27  Alcohol-based  fuels  for  automobiles  lead  to  the  produc- 
tion of  formaldehyde  (CH20)  in  exhaust  gases. 

Formaldehyde  undergoes  photodissociation,  which 
contributes  to  photochemical  smog: 

CH20  +  hv   »  CHO  +  H 

The  maximum  wavelength  of  light  that  can  cause  this 

reaction  is  335  nm.  (a)  In  what  part  of  the  electromagnet- 
ic spectrum  is  light  with  this  wavelength  found? 

(b)  What  is  the  maximum  strength  of  a  bond,  in  kj/mol, 

that  can  be  broken  by  absorption  of  a  photon  of  335-nm 
light?  (c)  Compare  your  answer  from  part  (b)  to  the  ap- 

propriate value  from  Table  8.4.  What  do  you  conclude 
about  the  C  —  H  bond  energy  in  formaldehyde? 
(d)  Write  out  the  formaldehyde  photodissociation  reac- 

tion, showing  Lewis-dot  structures. 
18.28  An  important  reaction  in  the  formation  of  photochemi- 

cal smog  is  the  photodissociation  of  N02: 

NO:  +  hv   »  NO(#)  +  0(g) 

The  maximum  wavelength  of  light  that  can  cause  this 
reaction  is  420  nm.  (a)  In  what  part  of  the  electromagnet- 

ic spectrum  is  light  with  this  wavelength  found? 
(b)  What  is  the  maximum  strength  of  a  bond,  in  kj/mol, 

that  can  be  broken  by  absorption  of  a  photon  of  420-nm 
light?  (c)  Write  out  the  photodissociation  reaction  show- 

ing Lewis-dot  structures. 

18.29  Explain  why  increasing  concentrations  of  C02  in  the  at- 
mosphere affect  the  quantity  of  energy  leaving  Earth, 

but  do  not  affect  the  quantity  entering  from  the  Sun. 
18.30  (a)  With  respect  to  absorption  of  radiant  energy,  what 

distinguishes  a  greenhouse  gas  from  a  non-greenhouse 
gas?  (b)  CH4  is  a  greenhouse  gas,  but  Ar  is  not.  How 
might  the  molecular  structure  of  CH4  explain  why  it  is  a 

greenhouse  gas? 

The  World  Ocean 

18.31  What  is  the  molarity  of  Na~  in  a  solution  of  NaCl  whose 
salinity  is  5.6  if  the  solution  has  a  densitv  of  1.03  g/mL? 

18.32  Phosphorus  is  present  in  seawater  to  the  extent  of 

0.07  ppm  by  mass.  If  the  phosphorus  is  present  as  phos- 

phate, P04v,  calculate  the  corresponding  molar  con- 
centration of  phosphate  in  seawater. 

18.33  A  first-stage  recovery  of  magnesium  from  seawater  is 
precipitation  of  Mg(OH)2  with  CaO: 

Mg2  (aq)  +  CaO(s)  +  H20(/)  

Mg(OH)2(s)  +  Ca2+(n<7) What  mass  of  CaO,  in  grams,  is  needed  to  precipitate 
1000  lb  of  Mg(OH)2? 

18.34  Gold  is  found  in  seawater  at  very  low  levels,  about 

0.05  ppb  by  mass.  Assuming  that  gold  is  worth  about 
S400  per  ounce,  how  many  liters  of  seawater  would  you 
have  to  process  to  obtain  $1,000,000  worth  of  gold? 

Assume  the  density  of  seawater  is  1.03  g/mL  and  that 

vour  gold  recovery  process  is  50%  efficient. 

18.35  Suppose  that  one  wishes  to  use  reverse  osmosis  to  re- 
duce the  salt  content  of  brackish  water  containing 

0.22  M  total  salt  concentration  to  a  value  of  0.01  M,  thus 

rendering  it  usable  for  human  consumption.  What  is  the 

minimum  pressure  that  needs  to  be  applied  in  the  per- 
meators  (Figure  18.15)  to  achieve  this  goal,  assuming 
that  the  operation  occurs  at  298  K?  [Hint:  Refer  to 
Section  13.5.] 

18.36  Assume  that  a  portable  reverse-osmosis  apparatus  such 
as  that  shown  in  Figure  18.16  operates  on  seawater, 
whose  concentrations  of  constituent  ions  are  listed  in 

Table  18.6,  and  that  the  desalinated  water  output  has  an 

effective  molarity  of  about  0.02  M.  What  minimum  pres- 
sure must  be  applied  by  hand  pumping  at  305  K  to 

cause  reverse  osmosis  to  occur?  [Hint:  Refer  to 
Section  13.5.] 

Fresh  Water 

18.37  List  the  common  products  formed  when  an  organic  ma- 
i  rial  containing  the  elements  carbon,  hydrogen,  oxy- 

gen, sulfur,  and  nitrogen  decomposes  (a)  under  aerobic 
conditions,  (b)  under  anaerobic  conditions. 

18.38  (a)  I  .plain  why  the  concentration  of  dissolved  oxygen 
in  fresh  water  is  an  important  indicator  of  the  quality  of 
the  water,  (b)  How  is  the  solubility  of  oxygen  in  water 
affected  by  increasing  temperature? 

18.39  The  organic  anion 

is  found  in  most  detergents.  Assume  that  the  anion  un- 
dergoes aerobic  decomposition  in  the  following  manner: 

2  C18H29S03"(a^)  +  51  02(aq)   » 
36C02(<7,/)  +  28H20(/)  +  2H*(rt(j)  +  ISO^biq) 

What  is  the  total  mass  of  02  required  to  biodegrade  1.0  g 
of  this  substance? 
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18.40  The  average  daily  mass  of  taken  up  by  sewage  dis- 
charged in  the  United  States  is  59  g  per  person.  1  low 

many  liters  of  water  at  L>  ppm  ( ̂   aiv  totally  depleted  ot 

oxygen  in  I  day  by  a  population  of  121), 000  people!' 
18.41  Write  a  balanced  chemical  equation  to  describe  how 

magnesium  ions  are  removed  in  water  treatment  by  the 
addition  of  slaked  lime,  Ca(OI  I )2 . 

18.42  (a)  Which  of  the  following  ionic  species  is,  or  could  be, 

responsible  for  hardness  in  a  water  supply:  Ca~  ,  K', 
Mg2+,  Fe2+,  Na  ?  (b)  What  properties  ol  an  ion  deter- 

mine whether  it  w  ill  contribute  to  water  hardness1 
18.43  How  many  moles  of  Ca(OH)2  and  Na2CO^  should  be 

added  to  soften  1200  I.  of  water  in  which  [Ca 

5.0  X  10  4  M  and  |HCCh  ]  =  7.0  X  10  4  M? 
18.44  The  concentration  of  Ca  in  a  particular  water  supply  is 

5.7  X  10    M.  The  concentration  ol  bicarbonate  ion, 

Green  Chemistry 

18.47  One  of  the  principles  of  green  chemistry  is  that  it  is  better  to 
use  as  few  steps  as  possible  in  making  new  chemicals. 
How,  if  at  all,  does  this  principle  relate  to  energy  efficiency? 

18.48  Discuss  how  catalysts  can  make  processes  more  energy- 
efficient. 

18.49  The  Baever-Villiger  reaction  is  a  classic  organic  oxida- 
tion reaction  tor  converting  ketones  to  lactones,  as  in 

this  reaction: 

O 

I  actone         3-Chlorobenzoic  acid 

The  reaction  is  used  in  the  manufacture  ot  plastics  and 

pharmaceuticals  The  reactant  3-chloroperbenzoic  acid 

HCO,  ,  in  the  same  water  is  1.7  ■  10  '  A  I.  What  mass- 
es of  Ca(OH)2  and  Na:CO,  must  be  added  to 

5.0  ■  10  L  of  this  water  to  reduce  the  level  ot  t,r  to 

20%  ot  its  original  lex  el1 
18.45  Ferrous  sulfate  (FeS04)  is  often  used  as  a  coagulant  m 

w  atei  purification.  The  iron(ll)  salt  is  dissolved  in  the 
water  to  be  purified,  then  oxidized  to  the  i ron (111  I  state 
by  dissolved  oxygen,  at  which  time  gelatinous 
Fe(OHh  forms,  assuming  the  pi  1  is  above  approxi- 

mately 6.  Write  balanced  chemical  equations  tor  the 
oxidation  of  Fe_H  to  Fe~H  by  dissolved  oxygen,  and  for 

the  formation  of  Fe(OH)<(s)  by  reaction  of  le'  (<;i/) with  HCO3  (</i/). 

18.46  What  properties  make  a  substance  a  good  coagulant  for 
water  purification? 

is  somewhat  shock-sensitive,  however,  and  prone  to  ex- 
plode. .Also,  3-chlorobenzoic  acid  is  a  waste  product.  An 

alternative  process  being  dc\  eloped  uses  hydrogen  per- 
oxide and  a  catalyst  consisting  ol  tin  deposited  within  a 

solid  support,  rhe catalyst  is  readily  recovered  from  the 
reaction  mixture,  (a)  What  would  you  expect  to  be  the 
other  product  ot  oxidation  ot  the  ketone  to  lactone  by 

hydrogen  peroxide?  (b)  What  principles  ot  green  chem- 
istry are  addressed  by  use  ol  the  proposed  process? 

18.50  The  reaction  shown  here  was  performed  with  an  iridi- 
um catalyst,  both  in  supercritical  C02  (scC(  )2)  and  in  the 

chlorinated  solv  ent  CI  NCb  I  he  kinetic  data  tor  the  re- 
action in  both  solvents  are  plotted  in  the  graph.  Why  is 

this  a  good  example  ot  a  green  chemical  reaction1 

H3C  Ph        scCO?  HJC  H 

•  n 

Ph  Oiiral  Ir-cal  Ph  NPh H 

Time  [h] 

Additional  Exercises 

18.51  A  friend  of  yours  has  seen  each  of  the  following  items  in 
newspaper  articles  and  would  like  an  explanation: 
(a)  acid  rain,  (b)  greenhouse  gas,  (c)  photochemical 
smog,  (d)  ozone  depletion.  Give  a  brief  explanation  of 
each  term,  and  identify  one  or  two  of  the  chemicals  as- 

sociated with  each. 

18.52  Suppose  that  on  another  planet  the  atmosphere  consists  of 

17",,  Kr,38%CH4,and  45%  02.  What  is  the  av  erage  molar 
mass  at  the  surface?  What  is  the  av  erage  molar  mass  at  an 
altitude  at  which  all  the  02  is  photodissociated? 

18.53  II  an  average  O3  molecule  "liv  es"  only  100-200  seconds 
in  the  stratosphere  before  undergoing  dissociation,  how 
can  O3  otter  any  protection  from  ultraviolet  radiation? 

18.54  Show  how  liquations  IS. 7  and  18.9  can  be  added  to  give 

Equation  18. 10.  (You  may  need  to  multiply  one  ol  the  re- 
actions by  a  fac  tor  to  ha\  e  them  add  properly. i 

18.55  Halons  are  fluorocarbons  that  contain  bromine,  such  as 
C  BrFY  I  hev  are  used  extensiv  ely  as  foaming  agents  for 
lighting  fires.  Like  CFCs,  halons  are  v  erv  unreactive  and 
ultimately  can  diffuse  into  the  stratosphere,  (a)  Based  on 
the  data  in  Table  8.4,  would  you  expect  photodissociation 
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of  Br  atoms  to  occur  in  the  stratosphere?  (b)  Propose  a 
mechanism  by  which  the  presence  of  halons  in  the  strato- 

sphere could  lead  to  the  depletion  of  stratospheric  ozone. 
[18.56]  The  hydroxyl  radical,  OH,  is  formed  at  low  altitudes  via 

the  reaction  of  excited  oxygen  atoms  with  water: 

0*(g)  +  H20(g)  - — ►  2  0H(g) 

(a)  Write  the  Lewis  structure  for  the  hydroxyl  radical. 
[Hint:  It  has  one  unpaired  electron  ] 

Once  produced,  the  hydroxy]  radical  is  very  reactive. 

Explain  why  each  of  the  following  series  of  reactions  af- 
fects the  pollution  in  the  troposphere: 

(b)  OH  +  N02   >  HNO^ 
(c)  OH  +  CO  +  02   *  CO:  +  OOH 

OOH  +  NO   >  OH  +  NO: 
(d)  OH  +  CH4   ►  H20  +  CH^ 

CH3  +  02   ►  OOCH3 
OOCH3  +  NO   >  OCH^,  +  NO: 

18.57  Explain,  using  Le  Chatelier's  principle,  why  the  equilib- 
rium constant  for  the  formation  of  NO  from  N2  and  02 

increases  with  increasing  temperature,  whereas  the 
equilibrium  constant  for  the  formation  of  N02  from  NO 
and  02  decreases  with  increasing  temperature. 

18.58  The  affinity  of  carbon  monoxide  for  hemoglobin  is 
about  210  times  that  of  02.  Assume  a  person  is  inhaling 
air  that  contains  125  ppm  of  CO.  If  all  the  hemoglobin 
leaving  the  lungs  carries  either  oxygen  or  CO,  calculate 
the  fraction  in  the  form  of  carboxvhemoglobin. 

18.59  Natural  gas  consists  primarily  of  methane,  CH4(y). 
(a)  Write  a  balanced  chemical  equation  for  the  complete 
combustion  of  methane  to  produce  C02{g)  as  the  only 

carbon-containing  product,  (b)  Write  a  balanced  chemi- 
cal equation  for  the  incomplete  combustion  of  methane 

to  produce  CO($)  as  the  only  carbon-containing  prod- 
uct, (c)  At  25  C  and  1.0  arm  pressure,  what  is  the  mini- 

mum quantity  of  dry  air  needed  to  combust  1.0  L  of 

CH4(^)  completely  to  CO;!;')1 
18.60  One  of  the  possible  consequences  of  global  warming  is 

an  increase  in  the  temperature  of  ocean  water.  The 

oceans  serve  as  a  "sink"  for  C02  by  dissolving  large 

Integrative  Exercises 

18.67  The  estimated  average  concentration  of  N02  in  air  in  the 
United  States  in  2002  was  0.019  ppm.  (a)  Calculate  the 
partial  pressure  of  the  N02  in  a  sample  of  this  air  when 
the  atmospheric  pressure  is  755  torr  (99.1  kPa).  (b)  How 

many  molecules  of  N02  are  present  under  these  condi- 
tions at  20  C  in  a  room  that  measures  15  x  14  X  8  ft? 

|18.68|  In  1986  an  electrical  power  plant  in  Taylorsville,  Georgia, 
burned  8,376,726  tons  of  coal,  a  national  record  at  that  time, 

(a)  Assuming  that  the  coal  was  S3".,  carbon  and  2.5"..  sul- 
fur and  that  combustion  was  complete,  calculate  the  num- 
ber ol  tons  ol  carbon  dioxide  and  sulfur  dioxide  produced 

by  the  plant  during  the  year,  (b)  If  55". >  of  the  S02  could  be 
removed  by  reaction  with  powdered  CaO  to  form  CaSO-j, 
how  many  tons  of  CaSO^  would  be  produced? 

18.69  the  water  supply  for  a  midwestern  city  contains  the 

following  impurities:  coarse  sand,  finely  divided  particu- 
lates, nitrate  ion,  trihalomethanes,  dissolved  phosphorus 

amounts  of  it.  (a)  How  would  the  solubility  of  C02  in 
the  oceans  be  affected  by  an  increase  in  the  temperature 
of  the  water?  (b)  Discuss  the  implications  of  your  an- 

swer to  part  (a)  for  the  problem  of  global  warming. 

18.61  The  solar  energy  striking  Earth  averages  169  watts  per 

square  meter.  The  energy  radiated  from  Earth's  surface 
averages  390  watts  per  square  meter.  Comparing  these 
numbers,  one  might  expect  that  the  planet  would  cool 
quickly,  vet  it  does  not.  Why  not? 

18.62  The  solar  energy  striking  Earth  every  dav  av  erages  169 

watts  per  square  meter,  and  each  day  the  people  of  New- 
York  City  use  about  55  watts  per  square  meter.  Consid- 

ering that  present  technology  for  solar  energy  conver- 
sion is  only  about  10%  efficient,  from  how  many  square 

meters  of  land  must  sunlight  be  collected  in  order  to 
power  New  York  City  for  one  day? 

18.63  Write  balanced  chemical  equations  for  each  of  the  follow- 
ing reactions:  (a)  The  nitric  oxide  molecule  undergoes 

photodissociation  in  the  upper  atmosphere,  (b)  The  nitric 
oxide  molecule  undergoes  photoionization  in  the  upper 
atmosphere,  (c)  Nitric  oxide  undergoes  oxidation  by 
ozone  in  the  stratosphere,  (d)  Nitrogen  dioxide  dissolves 
in  water  to  form  nitric  acid  and  nitric  oxide. 

18.64  (a)  Explain  why  Mg(OH)2  precipitates  when  CO32  ion 

is  added  to  a  solution  containing  Mg-'.  (b)Will 
Mg(OH)2  precipitate  when  4.0  g  of  Na2COi  is  added  to 

1.00  L  of  a  solution  containing  125  ppm  of  Mg2~? 
118.65]  It  has  recently  been  pointed  out  that  there  may  be  in- 

creased amounts  of  NO  in  the  troposphere  as  compared 

with  the  past  because  of  massive  use  of  nitrogen- 
containing  compounds  in  fertilizers.  Assuming  that  NO 
can  eventually  diffuse  into  the  stratosphere,  how  might  it 
affect  the  conditions  of  life  on  Earth?  Using  the  index  to 
this  text,  look  up  the  chemistry  of  nitrogen  oxides.  What 
chemical  pathways  might  NO  in  the  troposphere  follow? 

[18.66]  EPA  standards  that  went  into  effect  in  April  2004  limit  at- 
mospheric ozone  levels  to  85  ppb.  How  many  moles  of 

ozone  would  there  be  in  the  air  above  Los  Angeles  Coun- 
ty (area  about  4000  square  miles;  consider  a  height  of  10  m 

above  the  ground)  if  ozone  was  at  this  concentration? 

in  the  form  of  phosphates,  potentially  harmful  bacterial 

strains,  dissolved  organic  substances.  Which  of  the  fol- 
lowing processes  or  agents,  if  any,  is  effective  in  removing 

each  of  these  impurities:  coarse  sand  filtration,  activated 
carbon  filtration,  aeration,  ozonization,  precipitation  with 
aluminum  hydroxide? 

18.70  The  concentration  of  H20  in  the  stratosphere  is  about 

5  ppm.  It  undergoes  photodissociation  as  follows: 

H20(g)   >  H(g)  +  OH(g) 
(a)  Write  out  the  Lewis-dot  structures  for  both  products 

and  reactant. 

(b)  Using  Table  8.4,  calculate  the  wavelength  required 
to  cause  this  dissociation. 

(c)  The  hydroxyl  radicals,  OH,  can  react  with  ozone, 
giving  the  following  reactions: 

OH(X)  +  03(g)   *  HO;(x)  +  Oz(g) 

H02(g)  +  0(g)   »  OH(g)  +  02(g) 
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What  overall  reaction  results  from  these  two  elementary 
reactions?  Wlut  is  the  catalyst  in  the  overall  reaction? 
Explain. 

18.71  Bioremediation  is  the  process  by  w  inch  bacteria  repair 
their  en\  ironment  in  response,  for  example,  to  an  oil  spill. 

Tht'  efficiency  of  bacteria  for  "eating"  hydrocarbons  de- 
pends on  the  amount  ol  oxygen  in  the  system,  pi  I,  tem- 

perature,  and  many  other  factors.  In  a  certain  oil  spill, 

hydrocarbons  from  the  oil  disappeared  with  a  first-order 

rate  constant  of  2  -  10  hs  .  How  many  days  did  it  take 
for  the'  oil  spill  to  decrease  to  [0%  ol  Us  initial  value? 

18.72  The  standard  enthalpies  ol  formation  ol  C  IO  and  C102 
arc  101  and  '02  k |  mol,  respectively.  Using  these  data 
and  the  thermodynamic  data  in  Appendix  C,  calculate 

the  overall  enthalpy  change  for  each  step  in  the  follow  - 
ing catalytic  cycle: 

C10(#)  t  03(g)  — >  C\02(g)  +  02{g) 

c\o2(g)  +  o(g)  — ►  ao(g)  +  o2(jf) 
What  is  the  enthalpy  change  for  the  o\  erall  re.u  tion  that 
results  from  these  two  steps? 

18.73  The  main  reason  that  distillation  is  a  costly  method  for 
purifying  water  is  the  high  energy  required  to  heat  and 
vaporize  water,  (a)  Using  the  density,  specific  heat,  and 

heat  of  vaporization  of  water  from  .Appendix  B,  calcu- 
late the  amount  ol  energy  required  to  vaporize  1.00  gal 

of  w  ater  beginning  with  water  at  20  C.  (b)  It  the  energy 
is  provided  by  electricity  costing  $0.085/kwh,  calculate 
its  cost,  (c)  If  distilled  water  sells  in  the  grocery  store  for 

$1 .26  per  gal,  what  percentage  ot  the  sales  prk  e  is  repre- 
sented by  the  cost  of  the  energy? 

|18.74|  A  reaction  that  contributes  to  the  depletion  ol  ozone  in 
the  stratosphere  is  the  direct  reaction  of  oxygen  atoms 
with  ozone: 

0(g)  +  Oi(g)   ►  202(g) 
At  298  K  the  rate  constant  for  this  reaction  is 

4.8  x  L05  M  's  '.  (a)  Based  on  the  units  of  the  rate 

constant,  write  the  likely  rate  law  for  this  reaction, 

(b)  Would  \  ou  expect  this  reaction  to  occur  \  ia  a  single  el- 
emental^ process1  Explain  win  or  why  not.  (c)  from  the 

magnitude  of  the  rate  constant,  would  you  expect  the  acti- 
\  ation  energy  of  this  reaction  to  be  large  or  small?  I  Explain, 

(d)  Use  A/  / ,  \  allies  from  Appendix  C  to  estimate  the  en- 
thalpv  change  tor  this  reaction.  Would  this  reaction  raise 
or  lower  the  temperature  ol  the  stratosphere? 

18.75  Nitrogen  dioxide  (N02)  is  the  only  important  gaseous 
species  in  the  lower  atmosphere  that  absorbs  visible 
light,  (a)  Write  the  I  ewis  structure(s)  tor  NIK  (b)  I  low 
does  this  striu  ture  account  tor  the  tact  that  NOi  dimer- 
izes  to  form  N2O4?  Based  on  w  hat  you  can  find  about 

this  dimerization  reaction  in  the  text,  would  you  ex- 
pect to  find  the  NO>  that  forms  in  an  urban  environ- 

ment to  be  in  the  form  of  dimer?  I  xplain.  (c)  What 

would  you  expect  as  products,  if  any,  for  the  reaction 
of  NO:  with  CO?  (d)  Would  you  expect  N02  generated 

in  an  urban  environment  to  migrate  to  the  strato- 

sphere1 Explain. 
118.761  It  the  pH  of  a  1.0-in.  rainfall  over  1500  mi2  is  3.5,  how 

many  kilograms  ol  I  USO(  are  present,  assuming  that  it 

is  the  only  acid  contributing  to  the  pi  1 1 
I  is. 77 1  The  Henry's  law  constant  for  COi  in  water  at  23  C  is 

3.1  ■  lO^Matm  '.  (a)  What  is  the  solubility  of  C02  in 
water  at  this  temperature  il  the  solution  is  in  contact 

with  air  at  normal  atmospheric  pressure?  (b)  .Assume' 
that  all  ol  this  (.  ( )2  is  in  the  form  of  I  12C03  produced  by 
the  reaction  between  I (  )2  and  H20: 

C02(aq)  1  H20(/)   >  H2(  Oi(aq) 

What  is  the  pi  I  ol  this  solution1 
118.781  The  precipitation  ol  Al(OH)3  (k,  1.3  ■  10  33)  is 

sometimes  used  to  purih  water.  (.1)  Estimate  the  pi  I  at 
which  precipitation  of  AI(OH);  will  begin  it  5.0  lb  ot 
AUSOp,  is  ̂ d^vd  to  2000  gal  of  water,  (b)  Approxi- 

mately how  main  pounds  ol  (  a( )  must  be  added  to  the 

water  to  ac hieve  this  pi  1 1 

e  MEDIA  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Accel- 

erator CD.  Access  to  these  resources  comes  in  your  MediaPak. 

18.79  The  formation  of  ozone  molecules  in  the  stratosphere  is 
shown  in  the  Stratospheric  Ozone  animation  (18.3). 

(a)  Describe  this  process,  including  equations  where  ap- 
propriate, (b)  Explain  why  the  process  described  in  part 

(a)  does  not  occur  to  the  same  extent  in  the  troposphere 
as  it  does  in  the  stratosphere. 

18.80  The  Stratospheric  Ozone  animation  (18.3)  shows  two 

ways  in  which  an  ozone  molecule  can  dissociate,  (a)  De- 
scribe both  of  these  processes,  (b)  Which  of  these 

processes  protects  Earth  from  harmful  radiation1 
18.81  The  Catalytic  Destruction  of  Stratospheric  Ozone  anima- 

tion (18.3)  shows  how  NO  lowers  the  concentration  of 

ozone  by  catalyzing  its  decomposition.  Based  on  the  mo- 
vie, describe  how  you  think  a  higher  N02  concentration  in 

the  stratosphere  would  a  fleet  ozone  c<  tncentration.  Explain 
your  reasoning,  and  use  equations  where  nec  essary. 

1 8.S2  The  CFCs  and  Stratospheric  Ozone  animation  (18.3) 

portrays  chlorofluorocarbons  as  very  stable  molecules, 
(a)  If  CFCs  are  so  stable,  why  are  they  considered  to  be  .1 

serious  problem  in  the  upper  atmosphere7  (b)  it  the 
countries  of  the  world  were  to  stop  producing  CFCs  al- 

together, their  effects  in  the  upper  atmosphere  would 
continue  tor  decides  I  xplain  why  this  is  so. 

18.83  In  Exercise  IS. 24,  you  explained  why  rainwater  is  acidic 
even  in  the  absence  ol  pollution,  such  as  SO.  gas,  and 
the  movie  Carbon  Dioxide  Behaves  as  an  Acid  in 

Water  (ISA)  shows  how  C02  acidifies  water.  I  ompare 
the  typical  atmospheric  concentrations  (Table  18.3)  ol 
C02  and  SOj,  which  is  oxidized  to  SO  ,  in  the  tropo- 

sphere. Which  one  would  you  expect  to  have  the  greater 
influence  on  the  pi  I  ol  rainwater?  Explain. 
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19.5  Gibbs  Free  Energy 
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WHAT'S  AHEAD 

•  In  this  chapter  we  will  see  why 
changes  that  occur  in  nature  have  a 
directional  character:  They  move 
spontaneously  in  one  direction  but  not 
in  the  reverse  direction.  (Section  19.1) 

•  The  thermodynamic  function  entropy 
is  a  state  function  that  is  important 
in  determining  whether  a  process  is 
spontaneous.  The  second  law  of 
thermodynamics  tells  us  that  in  anv 
spontaneous  process  the  entropy  of 
the  universe  (system  plus 

surroundings)  increases. 
(Section  19.2) 

•  On  a  molecular  level  we  will  see  that 

an  entropy  increase  is  associated 
with  an  increase  in  the  number 
of  accessible  microstates. 

Entropy  change  can  also  be 
thought  of  as  a  measure  of  a 

system's  randomness  at  a  stated 
temperature.  (Section  19.3) 

•  The  third  law  of  thermodynamics 
states  that  the  entropy  of  a 

perfect  crystalline  solid  at  0 
K  is  zero.  From  this 

reference  point  the 
entropies  of  pure 
substances  at  temperatures 
above  absolute  zero  can  be 

determined.  Using  tabulated 

entropy  values,  we  can  find  the 
entropy  values  of  the 
reactants  and  products  of 
a  reaction  and  use  them 
to  calculate  the  entropy 

change  of  the  reaction. 
(Sections  19.3  and  19.4) 

•  The  free  energy  (or  Gibbs  free  energy) 
of  a  system  is  a  measure  of  how  far 
removed  the  svstem  is  from 

equilibrium.  It  measures  the 
maximum  amount  of  useful  work 

obtainable  from  a  process  and  yields 
information  on  the  direction  in 
which  a  chemical  reaction  will 

proceed  spontaneous! v.  (Section  19.5) 

The  relationship  among  free-energy 
change,  enthalpy  change,  and 

entropy  change  provides  important 
insight  into  how  temperature  affects 
the  spontaneity  of  a  process. 
(Section  19.6) 

The  standard  free-energy  change  for 
a  chemical  reaction  can  be  used  to 

calculate  the  equilibrium  constant 
for  the  process.  (Section  19.7) 
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THE  GAS  BURNER  SHOWN  IN  THE  CHAPTER-OPENING  PHOTOGRAPH 

uses  CH4  from  natural  gas  and  O2  from  air  to  pro- 

duce COt,  HoO,  and  heat.  The  reaction  is  useful 

because  it  occurs  rapidly,  with  virtually  com- 

plete conversion  of  the  reactants  to  products, 

and  because  it  produces  energy.  Two  of  the  most  important  questions 

i'^k      chemists  ask  when  designing  and  using  chemical  reactions  are 

"How  fast  is  the  reaction?"  and  "How  tar  does  it  proceed1"  The 
first  question  is  addressed  by  the  study  of  chemical  kinetics, 

which  we  discussed  in  Chapter  14.  The  second  question  in- 
volves the  equilibrium  constant,  which  was  the  focus  of 

Chapter  1 5. 
In  Chapter  1 4  we  learned  that  the  rates  of  chemical  re- 

actions are  controlled  largely  by  a  factor  related  to  ener- 
gv,  namely   the  activatioi    energy  of   the  reaction. 

In  general,  the  low  er  the  activation 

^      energy,  the  faster  a  reaction  proceeds.  In  Chapter  l  ̂ 
we  saw  that  equilibrium  depends  on  the  rates  of 
the  forward  and  reverse  reactions:  Equilibrium  is 

reached  when  the  opposing  reactions  occur  at 

equal  rates.  Because  reac- 
tion rates  are  closely  tied  to  energy,  it  is  logi- 
cal that  equilibrium  also  depends  in  some way  on  energy. 

In  this  chapter  we  will  explore  the 

connection  between  energy  and  the  ex- 
tent of  a  reaction.  Doing  so  requires 

us  to  take  a  deeper  look  at  chemical 

thermodynamics,  the  area  of  chem- 
istrv  that  deals  with  energv  rela- 

tionships. We  first  encountered 
thermodynamics  in  Chapter 
5,  where  we  discussed  the 
nature  ot  energy,  the  first 
law  of  thermodynamics, 

THE  COMBUSTION  OF  NATURAL  CAS  (methane,  CH4)  in  air,  producing  carbon  dioxide  and  water,  is 
a  spontaneous  process.  Once  lit,  natural  gas  burns  spontaneously.  The  reverse  reaction,  the  combination 
of  C02  and  H20  to  form  CH4  and  02,  does  not  occur  of  its  own  accord. 

803 
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and  the  concept  of  enthalpy.  Recall  that  the  enthalpy  change  is  the  heat  trans- 
ferred between  the  svstem  and  its  surroundings  during  a  constant-pressure 

pn  >t  ess. 
Now  we  will  see  that  reactions  involve  not  only  changes  in  enthalpy  but 

also  changes  in  another  important  thermodynamic  quantity — entropy.  Our  dis- 
cussion of  entropy  will  lead  us  to  the  second  law  of  thermodynamics,  which 

provides  insight  into  why  physical  and  chemical  changes  tend  to  favor  one  di- 
rection over  another.  We  drop  a  brick,  for  example,  and  it  falls  to  the  ground. 

We  don't  expect  bricks  to  spontaneously  rise  from  the  ground  to  our  out- 
stretched hand.  We  light  a  candle,  and  it  burns  down.  We  don't  expect  a  half- 

consumed  candle  to  regenerate  itself  spontaneously,  even  if  we  have  kept  all 

the  gases  produced  when  the  candle  burned.  Thermodynamics  helps  us  under- 
stand the  significance  of  this  directional  character  of  processes,  whether  they  be 

exothermic  or  endothermic. 

19.1  I  Spontaneous  Processes 

ANIMATION 
Air  Bags 

.1 

Evacuated  1  atm 

(a) 

▲ 

Spontaneous 
Not 

spontaneous 

A 

0.5  atm 0.5  atm 

(b) 

▲  Figure  19.1  Spontaneous  expansion  of 
an  ideal  gas  into  an  evacuated  space. 
In  (a)  flask  B  holds  an  ideal  gas  at  1  atm  pressure 
and  flask    is  evacuated.  In  (b)  the  stopcock 
connecting  the  flasks  has  been  opened.  The  ideal 
gas  expands  to  occupy  both  flasks  A  and  6  at  a 
pressure  of  0.5  atm.  The  reverse  process-all  the 
gas  molecules  moving  back  into  flask  6— is  not 
spontaneous. 

The  first  law  of  thermodynamics  states  that  energy  is  conserved. 
In  other  words,  energy  is  neither  created  nor  destroyed  in  any  process,  whether 
it  be  the  falling  of  a  brick,  the  burning  of  a  candle,  or  the  melting  of  an  ice  cube. 
Energy  can  be  transferred  between  a  system  and  the  surroundings  or  can  be 
converted  from  one  form  to  another,  but  the  total  energy  remains  constant.  We 

expressed  the  first  law  of  thermodynamics  mathematically  as  IE  —  q  +  w, 
where  AE  is  the  change  in  the  internal  energy  of  a  system,  q  is  the  heat  absorbed 
by  the  system  from  the  surroundings,  and  ic  is  the  work  done  on  the  system  by 
the  surroundings. 

The  first  law  helps  us  balance  the  books,  so  to  speak,  on  the  heat  trans- 
ferred between  a  system  and  its  surroundings  and  the  work  done  by  a  particu- 

lar process  or  reaction.  But  the  first  law  doesn't  address  another  important 
feature  of  reactions,  the  extent  to  which  they  occur.  As  we  noted  in  the  intro- 

duction, our  experience  tells  us  that  physical  and  chemical  processes  have  a  di- 
rectional character.  For  instance,  sodium  metal  and  chlorine  gas  combine 

readily  to  form  sodium  chloride,  which  we  also  know  as  table  salt.  We  never 

find  table  salt  decomposing  of  its  own  accord  to  form  sodium  and  chlorine. 
(Have  you  ev  er  smelled  chlorine  gas  in  the  kitchen  or  seen  sodium  metal  on 

your  table  salt?)  In  both  processes — the  formation  of  sodium  chloride  from 
sodium  and  chlorine  and  the  decomposition  of  sodium  chloride  into  sodium 

and  chlorine — energy  is  conserved,  as  it  must  be  according  to  the  first  law  of 
thermodynamics.  Yet  one  process  occurs,  and  the  other  does  not.  A  process  that 
occurs  of  its  own  accord  without  any  ongoing  outside  interv  ention  is  said  to  be 
spontaneous.  A  spontaneous  process  is  one  that  proceeds  on  its  own  without 

any  outside  assistance. 

A  spontaneous  process  occurs  in  a  definite  direction.  For  example,  as  men- 
tioned above,  a  dropped  brick  falls  downward,  toward  the  ground.  Now  imag- 

ine you  were  to  see  a  video  clip  in  which  a  brick  rises  from  the  ground,  back 

into  your  hand.  You  would  conclude  that  the  video  is  running  in  reverse — 
bricks  do  not  magically  rise  from  the  ground!  A  brick  falling  is  a  spontaneous 
process,  whereas  the  reverse  process  is  nonspontaneous. 

A  gas  will  expand  into  a  vacuum  as  shown  in  Figure  19.1  A,  but  the  process 
will  never  reverse  itself.  The  expansion  of  the  gas  is  spontaneous.  Likewise,  a 
nail  left  out  in  the  weather  will  rust  (Figure  19.2  ►).  In  this  process  the  iron  in 
the  nail  reacts  with  oxygen  from  the  air  to  form  an  iron  oxide.  We  would  never 

expect  the  rusty  nail  to  reverse  this  process  and  become  shiny.  The  rusting 
process  is  spontaneous,  whereas  the  reverse  process  is  nonspontaneous.  There 
are  countless  other  examples  we  could  cite  that  illustrate  the  same  idea: 
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Processes  that  arc  spontaneous  in  one  direction  arc  nonspontaneous  in  the  opposite 
dim  lion. 

Experimental  conditions,  such  as  temperature  and  pressure,  are  often  im- 
portant in  determining  whether  a  process  is  spontaneous.  Consider,  for  exam- 

ple, the  melting  of  ice.  When  the  temperature  of  the  surroundings  is  above  0  C 
at  ordinary  atmospheric  pressures,  ice  melts  spontaneously  and  the  reverse 

process — liquid  water  turning  into  ict — is  not  spontaneous.  However,  when 
the  surroundings  are  below  0  C,  the  opposite  is  true.  Liquid  water  converts 

into  ice  spontaneously,  and  the  conversion  ol  ice  into  water  is  not  spontaneous 
(1  igure  L9.3  ▼). 

What  happens  at  /      0  C,  the  normal  melting  point  ot  water,  when  the 
flask  of  Figure  19.3  contains  both  water  and  ice?  At  the  normal  melting  point  ot 
a  substance,  the  solid  and  liquid  phases  are  in  equilibrium. 
At  this  temperature  the  two  phases  are  interconverting  at  the  same  rate  and 
there  is  no  preferred  direction  tor  the  process. 

It  is  important  to  realize  that  the  fact  that  a  process  is  spontaneous  does  not 
necessarily  mean  that  it  w  ill  occur  at  an  observable  rate.  A  chemical  reaction  is 

spontaneous  if  it  occurs  on  its  own  accord,  regardless  of  its  speed.  A  sponta- 
neous reaction  can  be  very  fast,  as  in  the  case  ot  acid-base  neutralization,  or 

very  slow,  as  in  the  rusting  of  iron.  I  hermodvnamics  can  tell  us  the  direction 
and  extent  of  a  reaction  but  tells  us  nothing  about  the  speed  of  the  reaction. 

Spontaneous  for  T    0  C 

Spontaneous  tor  7     0  C 

▲  Figure  19.3   Spontaneity  can  depend  on  the  temperature.  At  7"     0  C  ice  melts 
spontaneously  to  liquid  water.  At  T     0  C  the  reverse  process,  water  freezing  to  ice,  is  spontaneous 
At  T  =  0  C  the  two  states  are  in  equilibrium  and  neither  conversion  occurs  spontaneously. 

■i  SAMPLE  EXERCISE  19  1  |  Identifying  Spontaneous  Processes 

Predict  whether  the  following  processes  arc  spontaneous  as  described,  spontaneous 
in  the  reverse  direction,  or  in  equilibrium:  (a)  When  a  piece  of  metal  Invited  to  I  si)  C 
is  added  to  water  at  40  C,  the  water  gets  hotter,  (b)  Water  at  room  temperature  de- 

composes into  EEf^)  <md  CM\')-  (c)  Benzene  vapor,  ChHh(,\'),  at  a  pressure  of  I  atm 
condenses  to  liquid  benzene  at  the  normal  boiling  point  of  benzene,  80.1°C. 
Solution 

Analyze:  We  are  asked  to  judge  whether  each  process  will  proceed  spontaneousl)  in 
the  direction  indicated,  in  the  reverse  direction,  or  in  neither  direction. 
Plan:  We  need  to  think  about  whether  each  process  is  consistent  with  our  experience 
about  the  natural  direction  of  events  or  whether  it  is  the  reverse  process  that  we  ex- 

pect to  occur. 
Solve:  (a)  This  process  is  spontaneous.  Whenever  two  objects  at  different  tempera- 

tures are  brought  into  contact,  heat  is  transferred  from  the  hotter  object  to  the  colder 
one.  In  this  instance  heat  is  transferred  from  the  hot  metal  to  the  cooler  water.  The 
final  temperature,  after  the  metal  and  water  achieve  the  same  temperature  (thermal 
equilibrium),  will  be  somewhere  between  the  initial  temperatures  of  the  metal  and 
the  water,  (b)  Experience  tells  us  that  this  process  is  not  spontaneous — we  certainly 
have  never  seen  hydrogen  and  oxygen  gas  bubbling  up  out  of  water!  Rather,  the 

A  Figure  19.2  A  spontaneous  process. 
Elemental  iron  in  the  shiny  nail  in  the  top 
photograph  spontaneously  combines  with  H20 
and  02  in  the  surrounding  air  to  form  a  layer  of 
rust-Fe203-on  the  nail  surface. 



806 Chapter  19 Chemical  Thermodynamics 

reverse  process — the  reaction  of  H2  and  Ot  to  form  H20 — is  spontaneous  once  initiat- 
ed by  a  spark  or  flame,  (c)  By  definition,  the  normal  boiling  point  is  the  temperature 

at  which  a  vapor  at  1  atm  is  in  equilibrium  with  its  liquid.  Thus,  this  is  an  equilibrium 
situation.  Neither  the  condensation  of  benzene  vapor  nor  the  reverse  process  is  spon- 

taneous. If  the  temperature  were  below  80.1°C,  condensation  would  be  spontaneous. 

MM  PRACTICE  EXERCISE 

Under  1  atm  pressure  COiis)  sublimes  at  — 78°C.  Is  the  transformation  of  C02(s)  to 
COzig)  a  spontaneous  process  at  -100°C  and  1  atm  pressure? 
Answer:  No,  the  reverse  process  is  spontaneous  at  this  temperature. 

Seeking  a  Criterion  for  Spontaneity 

A  marble  rolling  down  an  incline  or  a  brick  falling  from  your  hand  loses  energy. 
The  loss  of  energy  is  a  common  feature  of  spontaneous  change  in  mechanical 
svstems.  In  the  1870s  Marcellin  Bertholet  (1827-1907),  a  famous  chemist  of  that 
era,  suggested  that  the  direction  of  spontaneous  changes  in  chemical  systems 
was  also  determined  by  the  loss  of  energy.  He  proposed  that  all  spontaneous 
chemical  and  physical  changes  were  exothermic.  It  takes  only  a  few  moments, 
however,  to  find  exceptions  to  this  generalization.  For  example,  the  melting  of 
ice  at  room  temperature  is  spontaneous  even  though  melting  is  an  endothermic 

process.  Similarly,  there  are  spontaneous  solution  processes  that  are  endother- 
mic, as  we  discovered  in  Section  13.1.  We  conclude  therefore  that,  although  the 

majority  of  spontaneous  reactions  are  exothermic,  there  are  spontaneous  en- 
dothermic ones  as  well.  Clearly,  some  other  factor  must  be  at  work  in  deter- 

mining the  natural  direction  of  processes.  What  is  this  factor? 
To  understand  why  certain  processes  are  spontaneous,  we  need  to  consider 

more  closely  the  ways  in  which  the  state  of  a  system  can  change.  Recall  that 
quantities  such  as  temperature,  internal  energy,  and  enthalpy  are  state  functions, 
properties  that  define  a  state  and  do  not  depend  on  how  we  reach  that  state. 

The  heat  transferred  between  a  system  and  its  surroundings, 

(/,  and  the  work  done  by  or  on  the  system,  u\  are  not  state  functions;  the  values 
of  t]  and  zv  depend  on  the  specific  path  taken  from  one  state  to  another.  One  of 
the  kevs  to  understanding  spontaneity  is  distinguishing  between  reversible 
and  irreversible  paths  between  states. 

If  a  process  is  nonspontaneous,  does  that  mean  that  it  cannot  occur  under  any 
circumstances? 

Reversible  and  Irreversible  Processes 

In  1824  a  28-year-old  French  engineer  by  the  name  of  Sadi  Carnot  (1796-1832) 
published  an  analysis  of  the  factors  that  determine  how  efficiently  a  steam  en- 

gine can  convert  heat  to  work.  Carnot  considered  what  an  ideal  engine,  one  with 
the  highest  possible  efficiency,  would  be  like.  He  observed  that  it  is  impossible  to 
convert  the  energy  content  of  a  fuel  completely  to  work  because  a  significant 
amount  of  heat  is  always  lost  to  the  surroundings.  Not  only  did  his  analysis  give 
insight  into  how  to  build  better,  more  efficient  engines,  but  it  also  was  one  of  the 
earliest  studies  in  what  has  developed  into  the  discipline  of  thermodynamics. 

About  forty  years  later,  Rudolph  Clausius  (1822-1888),  a  German  physicist, 

extended  Carnot's  work  in  an  important  way.  Clausius  concluded  that  a  special 
significance  could  be  ascribed  to  the  ratio  of  the  heat  delivered  to  an  ideal  en- 

gine and  the  temperature  at  which  it  is  delivered,  q/T.  He  was  so  convinced  of 

the  importance  of  this  ratio  that  he  gave  it  a  special  name,  entropy.  He  deliber- 
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ately  selected  the  name  to  sound  like  energy  to  emphasize  his  belief  that  the  im- 
portance of  entropy  was  comparable  to  that  of  energy 

An  ideal  engine,  one  with  the  maximum  efficiency,  operates  under  an  ideal 
set  of  conditions  in  which  all  the  processes  are  reversible.  In  a  reversible 
process,  a  system  is  changed  in  such  a  way  that  the  system  and  surroundings 
can  be  restored  to  their  original  state  by  exactly  reversing  the  change.  In  other 
words,  we  can  completely  restore  the  system  to  its  original  condition  with  no 
net  change  to  either  the  system  or  its  surroundings.  An  irreversible  process  is 
one  that  cannot  simply  be  reversed  to  restore  the  system  and  its  surroundings 
to  their  original  states.  What  Carnot  discovered  is  that  the  amount  of  work  we 
can  extract  from  any  spontaneous  process  depends  on  the  manner  in  which  the 
process  is  carried  out.  A  reversible  change  produces  the  iiitixiiiium  amount  of  work 

that  can  he  achieved  hi/  the  system  on  the  surroundings  ( w,,.(,  =  w„WA ). 

9 GIVE  IT  SOME  THOUGHT 

If  you  evaporate  water  and  then  condense  it,  have  you  necessarily  performed  a  re- 
versible process? 

Let's  examine  some  examples  of  reversible  and  irreversible  processes.  It 
two  objects  are  at  different  temperatures,  heat  will  flow  spontaneously  from  the 
hotter  object  to  the  colder  one.  Because  it  is  impossible  to  make  heat  flow  in  the 
opposite  direction,  the  flow  of  heat  is  irreversible.  Given  these  tacts,  can  we 
imagine  any  conditions  under  which  heat  transfer  can  be  made  reversible? 

Consider  two  objects  or  a  system  and  its  surroundings  that  are  at  essentially  the 
same  temperature,  with  just  an  infinitesimal  difference  (an  extremely  small 
temperature  difference,  AT)  to  make  heat  flow  in  the  desired  direction 

(Figure  19.4  ►).  We  can  then  rev  erse  the  direction  of  heat  flow  by  making  an  in- 
finitesimal change  of  temperature  in  the  opposite  direction.  Reversible  processes 

are  those  that  reverse  direction  whenever  mi  infinitesimal  change  is  made  m  some  prop- 
erty of  the  system. 
Now  consider  another  example,  the  expansion  of  an  ideal  gas  at  constant 

temperature.  A  constant-temperature  process  such  as  this  is  said  to  be 
isothermal.  To  keep  the  example  simple,  consider  the  gas  in  the  cylinder-and- 
piston  arrangement  shown  in  Figure  19.5  ▼.  When  the  partition  is  removed,  the 

gas  expands  spontaneously  to  fill  the  evacuated  space.  Because  the  gas  is  ex- 
panding into  a  vacuum  with  no  external  pressure,  it  does  no  P-V  work  on  the 

surroundings  (w  =  0).  We  can  use  the  piston  to  compress  the 
gas  back  to  its  original  state,  but  doing  so  requires  that  the  surroundings  do 
work  on  the  system  (re  0).  That  is,  reversing  the  process  has  produced  a 
change  in  the  surroundings  as  energy  is  used  to  do  work  on  the  system.  The 
fact  that  the  system  and  the  surroundings  are  not  both  returned  to  their  original 
conditions  indicates  that  the  process  is  irreversible. 

T  +  AT 

Heat 

System 
X 

Surroundings 

T  -  AT 
T 

c 

Heat 

System 
Surroundings 

(b) 

▲  Figure  19.4   Reversible  flow  of  heat. 
Heat  can  flow  reversibly  between  a  system  and  its 
surroundings  if  the  two  have  only  an 
infinitesimally  small  difference  in  temperature, 
A I  The  direction  of  heat  flow  can  be  changed  by 
increasing  or  decreasing  the  temperature  of  the 
system  by  A  T.  (a)  Increasing  the  temperature  of 
the  system  by  A  T  causes  heat  to  flow  from  the 
system  to  the  surroundings,  (b)  Decreasing  the 
temperature  of  the  system  by  A  T  causes  heat  to 
flow  from  the  surroundings  into  the  system. 

Movable  partition 

Work 

Vacuum  Gas 

(a) (b) (c) 

-4  Figure  19.5   An  irreversible  process. 
Restoring  the  system  to  its  original  state  after  an 
irreversible  process  changes  the  surroundings.  In 
(a)  the  gas  is  confined  to  the  right  half  of  the 
cylinder  by  a  partition  When  the  partition  is 
removed  (b),  the  gas  spontaneously  (irreversibly) 
expands  to  fill  the  whole  cylinder.  No  work  is 
done  by  the  system  during  this  expansion.  In  (c) 
we  can  use  the  piston  to  compress  the  gas  back 
to  its  original  state.  Doing  so  requires  that  the 
surroundings  do  work  on  the  system,  which 
changes  the  surroundings  forever. 
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What  might  a  reversible,  isothermal  expansion  of  an  ideal  gas  be  like?  It 
will  occur  only  if  the  external  pressure  acting  on  the  piston  exactly  balances  the 
pressure  exerted  by  the  gas.  Under  these  conditions,  the  piston  will  not  move 
unless  the  external  pressure  is  reduced  infinitely  slowly,  allowing  the  pressure 
of  the  confined  gas  to  readjust  to  maintain  a  balance  in  the  two  pressures.  This 
gradual,  infinitely  slow  process  in  which  the  external  pressure  and  internal 
pressure  are  always  in  equilibrium  is  reversible.  If  we  reverse  the  process  and 
compress  the  gas  in  the  same  infinitely  slow  manner,  we  can  return  the  gas  to 
its  original  volume.  The  complete  cycle  of  expansion  and  compression  in  this 
hypothetical  process,  moreover,  is  accomplished  without  any  net  change  to  the 
surroundings. 

Because  real  processes  can  at  best  only  approximate  the  slow,  ever-in-equi- 
librium  change  associated  with  reversible  processes,  all  real  processes  are  irre- 

versible. Further,  the  reverse  of  any  spontaneous  process  is  a  nonspontaneous 
process.  A  nonspontaneous  process  can  occur  only  if  the  surroundings  do  work 
on  the  system.  Thus,  any  spontaneous  process  is  irreversible;  even  if  we  return  the 
system  to  the  original  condition,  the  surroundings  will  have  changed. 

19.2 
Entropy  and  the  Second  Law 

of  Thermodynamics 

We  are  now  closer  to  understanding  spontaneity  because  we  know  that  any 

spontaneous  process  is  irreversible.  But  how  can  we  use  this  idea  to  make  pre- 
dictions about  the  spontaneity  of  an  unfamiliar  process?  Understanding  spon- 

taneity requires  us  to  examine  the  thermodynamic  quantity  called  entropy. 
Entropy  has  been  variously  associated  with  the  extent  of  randomness  in  a  system 
or  with  the  extent  to  which  energy  is  distributed  among  the  various  motions  of 

the  molecules  of  the  system.  In  fact,  entropy  is  a  multifaceted  concept  whose  in- 
terpretations are  not  so  quickly  summarized  by  a  simple  definition.  In  this  sec- 

tion we  consider  how  we  can  relate  entropy  changes  to  heat  transfer  and 

temperature.  Our  analysis  will  bring  us  to  a  profound  statement  about  spon- 
taneity that  we  call  the  second  law  of  thermodynamics.  In  Section  19.3  we  ex- 

amine the  molecular  significance  of  entropy. 

Entropy  Change 

The  entropy,  S,  of  a  system  is  a  state  function  just  like  the  internal  energy,  £,  and 

enthalpy,  H.  As  with  these  other  quantities,  the  value  of  S  is  a  characteristic  of 

the  state  of  a  system.  Thus,  the  change  in  entropy,  AS,  in  a  sys- 
tem depends  only  on  the  initial  and  final  states  of  the  system  and  not  on  the 

path  taken  from  one  state  to  the  other: 

AS  =  Sfina]  -  Sjnjtial  [19.1] 

For  the  special  case  of  an  isothermal  process,  AS  is  equal  to  the  heat  that 

would  be  transferred  if  the  process  were  reversible,  qtev,  divided  by  the  tem- 
perature at  which  the  process  occurs: 

AS  =  ~-       (constant  T)  [19.2] 

Because  S  is  a  state  function,  we  can  use  Equation  19.2  to  calculate  AS  for  any 

isothermal  process,  not  just  those  that  are  reversible.  If  a  change  between  two 
states  is  irreversible,  we  calculate  AS  by  using  a  reversible  path  between 
the  states. 
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Q    GIVE  IT  SOME  THOUGHT 

How  do  we  reconcile  the  fact  that  S  is  a  state  function  but  that  AS  depends  on  q, 
which  is  not  a  state  function? 

AS  for  Phase  Changes 

The  melting  of  a  substance  at  its  melting  point  and  the  vaporization  of  a  sub- 
stance at  its  boiling  point  are  isothermal  processes.  Consider  the  melting  of  ice. 

At  I  atm  pressure,  ice  and  liquid  water  are  in  equilibrium  with  each  other  at 

0°C.  Imagine  that  we  melt  one  mole  of  ice  at  0  C,  1  atm  to  form  one  mole  ol  liq- 
uid water  at  D  C,  1  atm.  We  can  achieve  this  change  by  adding  a  certain  amount 

of  heat  to  the  system  from  the  surroundings:  q  -  A//tllsl,in.  Now  imagine  that 

we  carry  out  the  change  by  adding  the  heat  infinitely  slowly,  raising  the-  tem- 

perature of  the  surroundings  only  infinitesimally  above  0°C.  When  we  do  it 
this  way,  the  process  is  reversible.  We  can  reverse  the  process  simply  by  infi- 

nitely slowly  removing  the  same  amount  ol  heat,  A//U]s|ll|1,  from  the  system, 

using  immediate  surroundings  that  are  infinitesimally  below  II'  C.  Ihus, 
qrev  =  AHfusionand  T  -  0°C  =  273  K. 

The  enthalpy  of  fusion  for  1 1:0  is  A//,nsu,n  =  6.0 I  kj  mol.  (  The  melting  is 
an  endothermic  process,  and  so  the  sign  of  A//  is  positive.)  Ihus,  we  can  use 
Equation  19.2  to  calculate  ASfusjon  for  melting  one  mole  of  ice  at  273  K: 

^  =  AHfus,„n  _  (1  molMMU  <  lO^J/mol)  =  J 
,usu,n       T  T  273  K  K 

Notice  that  the  units  for  AS,  /  k,  are  energy  divided  by  absolute  temperature, 
as  we  expect  from  Equation  19.2. 

■■  SAMPLE  EXERCISE  19.2  |  Calculating  AS  for  a  Phase  Change 

The  element  mercury,  Hg,  is  a  silvery  liquid  at  room  temperature.  The  normal  freezing  point  ol  men  ur\  is  38.9  C  ,  and  its  molar 
enthalpy  of  fusion  is  A//,usll,n  =  2.24  kj/mol.  What  is  the  entropy  change  of  the  sy  stem  when  50.0  g  ol  I  lg(/)  freezes  at  the  normal 
freezing  point1 

Solution 

Analyze:  We  first  recognize  that  freezing  is  an  exothermh  process;  heat  is  transferred  from  the  system  to  the  surroundings 
when  a  liquid  freezes  (q  ■  0).  The  enthalpy  of  fusion  is  A//  for  the  melting  process.  Because  freezing  is  the  reverse  of  melting, 
the  enthalpy  change  that  accompanies  the  freezing  of  1  mol  of  tig  is    AHfusjon  =  —2.29  k|  mol. 

Plan:  We  can  use  -AHh,sl,.n  and  the 

atomic  weight  of  Hg  to  calculate  =  {,(]  ()    , ,    /  JJ™LHA  V     ™  «  \(  ̂  I)  :  m] 
for  freezing  50.0  g  of  Hg:  '         '  &       \ 200.59  g  Hg/\  I  mol  Hg  / V    I  k|  / 
We  can  use  this  value  of  q  as  qn.^  in 
Equation  14.2.  We  must  first,  how- 

ever, convert  the  temperature  to  K:  -38.9°C  =  (-38.9  +  273.15)  K  =  234.3  k 

Solve:  We  can  now  calculate  the  qTc\         57 1  | 

value  of  ASSVS:  AS>ys  =  ~f~  =  2M  3  R  =   -2.44  J/K 

Check:  The  entropy  change  is  negativ  e  because  heat  flows  from  the  system  making  </ri.v  negative. 
Comment:  The  procedure  we  have  used  here  can  be  used  to  calculate  AS  for  other  isothermal  phase  <  hanges,  sue  h  as  the  vapor- 

ization of  a  liquid  at  its  boiling  point 

■■  PRACTICE  EXERCISE 

The  normal  boiling  point  of  ethanol,  C2H5OI  I,  is  78.3°C  (Figure  1 1.24),  and  its  molar  enthalpy  of  vaporization  is  58.56  k|  mol. 
What  is  the  change  in  entropy  in  the  system  when  68.3  g  of  C2H5OI  1(g)  at  1  atm  condenses  to  liquid  at  the  normal  boiling  point1 
Answer:  -KV3J/K 
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The  Entropy  Change  when  a  Gas  Expands  [sothermally 

n  general,  we  will  see  that  if  a  system  becomes  more  spread 

out,  or  more  random,  the  system's  entropy  increases.  Thus, 
i  we  expect  the  spontaneous  expansion  of  a  gas  to  result  in  an 
j  increase  in  entropy.  To  illustrate  how  the  entropy  change  asso- 

ciated with  an  expanding  gas  can  be  calculated,  consider  the 

\  expansion  of  an  ideal  gas  that  is  initially  constrained  by  a  pis- 
ton, as  in  Figure  19.5(c).  If  the  gas  undergoes  a  reversible 

isothermal  expansion,  the  work  done  on  the  surroundings  by 
|  the  moving  piston  can  be  calculated  with  the  aid  of  calculus: 

11RT  In 

V2 

In  this  equation,  //  is  the  number  of  moles  of  gas,  R  is  the  gas 
constant,  T  is  the  absolute  temperature,  V\  is  the  initial  vol- 

|  ume,  and  V2  is  the  final  volume.  Notice  that  if  V2  >  V\ ,  as  it 
]  must  be  in  our  expansion,  then  u\L,y  <  0,  meaning  that  the  ex- 

panding gas  does  work  on  the  surroundings. 
One  of  the  characteristics  of  an  ideal  gas  is  that  its  internal 

\  energy  depends  not  on  pressure  but  only  on  temperature. 
\  Thus,  when  an  ideal  gas  expands  at  a  constant  tempera- 
\  ture,  AE  =  0.  Because  AE  = 

</,w  =  -'<Ycv  -  >'RT  In  ( lA/V, ).  Then,  using  Equation  19.2,  we 
can  calculate  the  entropy  change  in  the  system: 

ASSVS 
<7ivv 

T 

nRT  In 

7 

V7 

ill'  In 

V2 

V, 

AS, 

(4.46  x  10  -  mol)(  8.314 0.26  J/K 

mol-K 
In 

2.00  L 

1.00  L 

[19.3] 

For  1 .00  L  of  an  ideal  gas  at  1 .00  atm  and  0°C,  we  can  cal- 
culate the  number  of  moles,  n  =  4.46  X  10  2  mol.  The  gas 

constant,  R,  can  be  expressed  in  units  of  J/mol-K, 
8.314  J/mol-K  (Table  10.2).  Thus,  for  the  expansion  of  the  gas 
from  1.00  L  to  2.00  L,  we  have 

In  Section  19.3  we  will  see  that  this  increase  in  entropy  is  a 
measure  of  the  increased  randomness  of  the  molecules  be- 

cause of  the  expansion. 
Related  Exercises:  19.25  and  19.26 

The  Second  Law  of  Thermodynamics 

The  key  idea  of  the  first  law  of  thermodynamics  is  that  energy  is  conserved  in 
any  process.  Thus,  the  quantity  of  energy  lost  by  a  system  equals  the  quantity 

gained  by  its  surroundings.  We  will  see,  however,  that  en- 
tropy is  different  because  it  actually  increases  in  any  spontaneous  process. 

Thus,  the  sum  of  the  entropy  change  of  the  system  and  surroundings  for  any 

spontaneous  process  is  always  greater  than  zero.  Entropy  change  is  like  a  sign- 

post indicating  whether  a  process  is  spontaneous.  Let's  illustrate  this  general- 
ization by  again  considering  the  melting  of  ice,  designating  the  ice  and  water  as 

our  system. 

Let's  calculate  the  entropy  change  of  the  system  and  the  entropy  change  of 
the  surroundings  when  a  mole  of  ice  (a  piece  roughly  the  size  of  an  ordinary  ice 
cube)  melts  in  the  palm  of  your  hand.  The  process  is  not  reversible  because  the 
system  and  surroundings  are  at  different  temperatures.  Nevertheless,  because 
AS  is  a  state  function,  the  entropy  change  of  the  system  is  the  same  regardless 
of  whether  the  process  is  reversible  or  irreversible.  We  calculated  the  entropy 

change  of  the  system  just  before  Sample  Exercise  19.2: 

nrev      (1  mol)(6.01  x  103J/mol)  | ac  —  JUL  =   Li  ii  L  —  97  n  — ^system        j  273  K  K 

The  surroundings  immediately  in  contact  with  the  ice  are  your  hand,  which  we 

will  assume  is  at  body  temperature,  37°C  =  310  K.  The  heat  lost  by  your  hand 
is  equal  in  magnitude  to  the  heat  gained  by  the  ice  but  has  the  opposite  sign, 

—6.01  x  103  J/mol.  Hence  the  entropy  change  of  the  surroundings  is 

qiev      (1  mol)(-6.01  x  103  J/mol)  | AS  =  nrev  _  \  _  }1  i=_i94i_ "-'surroundings         j,  310  K  K 



The  Molecular  Interpretation  of  Entropy  811 

Thus,  the  total  entropy  change  is  positive: 

AStotai  =  ASsystem  +  ASsurroundings  =  (22.0^J  +  (-lc)4|!c)  =  2.6- 

If  the  temperature  of  the  surroundings  w  ere  not  310  K  but  rather  some  temper- 
ature infinitesimally  above  273  K,  the  melting  would  be  reversible  instead  of  ir- 

reversible. In  that  case  the  entropy  change  of  the  surroundings  would  equal 

-22.0  J/K  and  AS,,,,,,,  would  be  zero. 
In  general,  any  irreversible  process  results  in  an  overall  increase  in  entropy, 

whereas  a  reversible  process  results  in  no  overall  change  in  entropy.  This  gen- 
eral statement  is  known  as  the  second  law  of  thermodynamics.  The  sum  of  the 

entropy  of  a  system  plus  the  entropy  of  the  surroundings  is  everything  there  is, 

and  so  we  refer  to  the  total  entropy  change  as  the  entropy  change  of  the  uni- 
verse, ASunn  .  We  can  therefore  state  the  second  law  of  thermodynamics  in 

terms  of  the  following  equations: 

Reversible  process:       ASuim  =  ASsystem  +  ASsurroundings  =  0 

Irreversible  process:      ASuni,  =  ASsystem  1  ASsurroundings  >  0  [19.4] 

All  real  processes  that  occur  of  their  own  accord  are  irreversible  (with  re- 
versible processes  being  a  useful  idealization).  These  processes  are  also  sponta- 

neous. Thus,  ///r  total  entropy  of  Hie  universe  increases  in  any  spontaneous  process. 
This  profound  generalization  is  yet  another  way  of  expressing  the  second  law 
of  thermodynamics. 

Q    GIVE  IT  SOME  THOUCHT 

The  rusting  of  iron  is  accompanied  by  a  decrease  in  the  entropy  of  the  system 
(the  iron  and  oxygen).  What  can  we  conclude  about  the  entropy  change  of  the 
surroundings? 

The  second  law  of  thermodynamics  tells  us  the  essential  character  of  any 

spontaneous  change — it  is  always  accompanied  by  an  overall  increase  in  en- 
tropy. We  can,  in  fact,  use  this  criterion  to  predict  whether  processes  will  be 

spontaneous.  Before  beginning  to  use  the  second  law  to  predict  spontaneity, 
however,  we  will  find  it  useful  to  explore  further  the  meaning  of  entropy  from 
a  molecular  perspective. 

Throughout  most  of  the  remainder  of  this  chapter,  we  will  focus  mainly  on 
the  systems  we  encounter  rather  than  on  their  surroundings.  To  simplify  the 

notation,  we  will  usually  refer  to  the  entropy  change  of  the  system  merely  as  A  s 
rather  than  explicitly  indicating  ASsys. 

19.3  I  The  Molecular  Interpretation  of  Entropy  

As  chemists,  we  are  interested  in  molecules.  What  does  entropy  have  to  do  with 

them  and  their  transformations?  What  molecular  property  does  entropy  re- 
flect? It  was  Ludwig  Boltzmann  (1844-1906)  who  gave  conceptual  meaning  to 

entropy.  To  understand  Boltzmann's  contribution,  we  need  to  examine  the 
ways  in  which  molecules  can  store  energy. 
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Molecular  Motions  and  Energy 

When  a  substance  is  heated,  the  motion  of  its  molecules  increases.  When  we 

studied  the  kinetic-molecular  theory  of  gases,  we  found  that  the  average  kinet- 
ic energy  of  the  molecules  of  an  ideal  gas  is  directly  proportional  to  the  absolute 

temperature  of  the  gas.  )  That  means  the  higher  the  tempera- 
ture, the  foster  the  molecules  are  moving  and  the  more  kinetic  energy  they  pos- 
sess. Moreover,  hotter  systems  have  a  broader  distribution  of  molecular  speeds, 

as  you  can  see  by  referring  back  to  Figure  HUH.  The  particles  of  an  ideal  gas, 
however,  are  merely  idealized  points  with  no  volume  and  no  bonds,  points  that 
we  visualize  as  flitting  around  through  space.  Real  molecules  can  undergo 

more  complex  kinds  of  motions. 
Molecules  can  undergo  three  kinds  of  motion.  The  entire  molecule  can  move 

in  one  direction,  as  in  the  motions  of  the  particles  of  an  ideal  gas  or  the  motions 
of  larger  objects,  such  as  a  baseball  being  thrown  around  a  baseball  field.  We  call 

such  movement  translational  motion.  The  molecules  in  a  gas  have  more  free- 
activity  dom  of  translational  motion  than  those  in  a  liquid,  which  in  turn  have  more 
Molecular  Motions  translational  freedom  than  the  molecules  of  a  solid. 

A  molecule  may  also  undergo  vibrational  motion,  in  which  the  atoms  in 

the  molecule  move  periodically  toward  and  away  from  one  another,  much  as  a 
tuning  fork  vibrates  about  its  equilibrium  shape.  In  addition,  molecules  may 
possess  rotational  motion,  as  though  they  were  spinning  like  tops. 
Figure  19.6  ▼  shows  the  vibrational  motions  and  one  of  the  rotational  motions 
possible  for  the  water  molecule.  These  different  forms  of  motion  are  ways  in 

which  a  molecule  can  store  energy,  and  we  refer  to  the  various  forms  collective- 

ly as  the  "motional  energy"  of  the  molecule. 

Q    GIVE  IT  SOME  THOUGHT 

What  kinds  of  motion  can  a  molecule  undergo  that  a  single  atom  cannot? 

Boltzmann's  Equation  and  Microstates 
The  science  of  thermodynamics  developed  as  a  means  of  describing  the  proper- 

ties of  matter  in  our  macroscopic  world  without  regard  to  the  microscopic 

structure  of  the  matter.  In  fact,  thermodynamics  was  a  well-developed  field  be- 
fore the  modern  views  of  atomic  and  molecular  structure  were  even  known. 

The  thermodynamic  properties  of  water,  for  example,  addressed  the  behavior 
of  bulk  water  (or  ice  or  water  vapor)  as  a  substance,  without  considering  any 

specific  properties  of  individual  H20  molecules. 
In  order  to  connect  the  microscopic  and  macroscopic  descriptions  of  matter, 

scientists  have  developed  the  field  of  statistical  thermodynamics,  which  uses  the 
tools  of  statistics  and  probability  to  provide  the  link  between  the  microscopic 
and  macroscopic  worlds.  Here  we  will  show  how  entropy,  which  is  a  property 

Vibrations J  L 

Rotation  - ▲  Figure  19.6  Vibrational  and  rotational  motions  in  a  water  molecule.  Vibrational  motions  in  the  molecule  involve  periodic  displacements  of  the  atoms 
with  respect  to  one  another.  Rotational  motions  involve  the  spinning  of  a  molecule  about  an  axis. 
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of  hulk  matter,  can  be  connected  to  the  behav  ior  of  atoms  and  molecules.  Be- 

cause the  mathematics  of  statistical  thermodynamics  is  quite  complex,  our  dis- 
cussion will  be  largely  conceptual. 

Let's  begin  by  considering  one  mole  of  an  ideal  gas  in  a  particular  thermo- 
dynamic state,  which  we  can  define  by  specifying  the  temperature,  T,  and  vol- 

ume, V,  of  the  gas.  (Remember  that  the  energy,  E,  of  an  ideal  gas  depends  only 

on  its  temperature  and  that  by  fixing  the  values  of  //,  T,  and  V,  we  also  H\  the 

value  of  the  pressure,  P.)  What  is  happening  to  our  ideal  gas  sample  at  the  mi- 
croscopic level,  and  how  does  what  is  going  on  at  the  microscopic  level  relate  to 

the  entropy  of  the  sample?  To  address  these  questions,  we  need  to  consider 
both  the  positions  of  the  gas  molecules  and  their  individual  kinetic  energies, 

which  depend  on  the  speeds  of  the  molecules.  In  our  discussion  of  the  kinetic- 
molecular  theory,  we  considered  the  gas  molecules  to  be  in  constant  motion 
within  the  entire  volume  of  the  container.  We  also  saw  that  the  speeds  of  the  gas 

molecules  follow  a  well-defined  distribution  at  a  given  temperature,  such  as 
that  shown  in  Figure  10. IS. 

Now,  imagine  that  we  could  take  a  "snapshot"  of  the  positions  and  speeds 
of  all  of  the  molecules  at  a  given  instant.  That  particular  set  ot 

6  X  1()2^  positions  and  energies  of  the  individual  gas  molecules  is 
what  we  call  a  microstate  of  the  thermodynamic  system.  A  mi- 

crostate  is  a  single  possible  arrangement  of  the  positions  and  ki- 
netic energies  of  the  gas  molecules  when  the  gas  is  in  a  specific 

thermodynamic  state.  We  could  envision  continuing  to  take  snap- 
shots of  our  system  to  see  other  possible  microstates.  In  fact,  as 

you  no  doubt  see,  there  would  be  such  a  staggeringly  large  num- 
ber of  microstates  that  taking  individual  snapshots  of  all  of  them 

is  not  feasible.  Because  we  are  examining  such  a  large  number  of 

particles,  however,  we  can  use  the  tools  of  statistics  and  probabil- 
ity to  determine  the  total  number  of  microstates  for  the  thermody- 

namic state.  (That  is  where  the  statistical  part  of  statistical 
thermodynamics  comes  in.)  Each  thermodynamic  state  has  a 
characteristic  number  of  microstates  associated  with  it,  and  we 

will  use  the  symbol  W  for  that  number. 

The  connection  between  the  number  of  microstates  of  a  sys- 
tem, W,  and  its  entropy,  S,  is  expressed  in  a  beautifully  simple  equation  devel 

oped  by  Boltzmann: 

S  =  k  In  W 
[19.5] 

In  this  equation,  k  is  Boltzmann's  constant,  1 .38  ■  10  2\|/K.  Thus,  entropy  is  a 
measure  of  how  main/  microstates  are  associated  with  a  particular  macroscopic  state. 

Equation  19.5  appears  on  Boltzmann's  gravestone  (Figure  1L'.7  ► ). 

▲  Figure  19.7   Ludwig  Boltzmann's 
gravestone.  Boltzmann's  gravestone  in  Vienna  is 
inscribed  with  his  famous  relationship  between 
the  entropy  of  a  state  and  the  number  of 

available  microstates  (In  Boltzmann's  time,  "log" was  used  to  represent  the  natural  logarithm.) 

9 ilVE  IT  SOME  THOUGHT 

What  is  the  entropy  of  a  system  that  has  only  a  single  microstate? 

The  entropy  change  accompanying  any  process  is 

AS  =  k  In  Wfina]  -  k  In  W, initial k  In 
ni  fin 

19.6] 

Thus,  any  change  in  the  system  that  leads  to  an  increase  in  the  number  of  mi- 
crostates leads  to  a  positive  value  of  AS:  Entropy  increases  with  the  number  of 

microstates  of  the  system. 

Let's  briefly  consider  two  simple  changes  to  our  ideal-gas  sample  and  see 
how  the  entropy  changes  in  each  case.  First,  suppose  we  increase  the  volume  of 



814       Chapter  19 Chemical  Thermodynamics 

Entropy  and  Probability 

he  game  of  poker  is  sometimes  used  as  an  analogy  to  ex- 
plore the  idea  of  the  microstates  associated  with  a  particu- 

lar state.  There  are  about  2.6  million  different  five-card  poker 
hands  that  can  be  dealt,  and  each  of  these  hands  can  be  viewed 

as  a  possible  "microstate"  for  the  hand  dealt  to  any  one  player 
in  a  game.  Table  19.1  ▼  shows  two  poker  hands.  The  probabil- 

ity that  a  particular  hand  will  contain  five  specific  cards  is  the 
same  regardless  of  which  five  cards  are  specified.  Thus,  there  is 
an  equal  probability  of  dealing  either  of  the  hands  shown  in 
Table  19.1.  However,  the  first  hand,  a  royal  flush  (the  ten 

through  ace  of  a  single  suit),  strikes  us  js  much  more  highly  or- 

dered than  the  second  hand,  a  "nothing."  The  reason  for  this  is 
clear  if  we  compare  the  number  of  five-card  arrangements  that 
correspond  to  a  royal  flush  to  the  number  corresponding  to  a 
nothing:  only  4  hands  (microstates)  for  a  royal  flush  but  more 
than  1.3  million  for  a  nothing  hand.  The  nothing  state  has  a 
higher  probability  of  being  dealt  from  a  shuffled  deck  than  the 
royal-flush  state  because  there  are  so  many 
more  arrangements  of  cards  that  corre- 

spond to  the  nothing  state.  In  other  words, 

the  value  of  W  in  Boltzmann's  equation 
(Equation  ITS)  is  much  greater  for  a  noth- 

ing than  for  a  royal  flush. 
This  example  teaches  us  that  there  is  a 

connection  between  probability  and  en- 
tropy. Entropy  has  a  natural  tendency  to  in- 
crease because  any  entropy  increase  in  a 

system  corresponds  to  the  movement  of  the 
system  from  a  condition  of  low  probability 
to  a  condition  of  greater  probability  Physi- 

cal and  chemical  changes  are  driven  by  a 
statistical  inevitability  formally  expressed 
by  the  concept  of  entropy. 

We  can  use  similar  reasoning  to  explain  the  isothermal  ex- 
pansion of  a  gas,  such  as  that  depicted  in  Figure  1CM.  W  hen 

the  stopcock  is  opened,  the  gas  molecules  are  less  constrained 
and  there  are  more  possible  arrangements  for  them  (more  mi- 

crostates) in  the  larger  volume.  The  various  microstates 

are  depicted  in  a  schematic  way  in  Figure  19.8  T.  In  this  fig- 
ure, we  make  no  attempt  to  describe  the  motion  of  the  parti- 
cles, focusing  instead  only  on  their  locations.  The  spreading  of 

the  molecules  over  the  larger  volume  represents  the  more 

probable  state. 
When  we  use  the  terms  randomness  and  disorder  to  de- 

scribe entropy,  we  have  to  be  careful  not  to  carry  an  aesthetic 
sense  of  what  we  mean.  What  we  must  remember  is  that  the 

fundamental  connection  to  entropy  is  not  directly  with  ran- 
domness, disorder,  or  energy  dispersal,  but  with  the  number 

of  available  microstates. 

(a) 

(b) 

A  Figure  19.8  Probability  and  the  locations  of  gas  molecules.  The  two  molecules  are 
colored  red  and  blue  to  keep  track  of  them,  (a)  Before  the  stopcock  is  opened,  both  molecules  are  in 
the  right-hand  flask,  (b)  After  the  stopcock  is  opened,  there  are  four  possible  arrangements  of  the  two 

molecules.  Only  one  of  the  four  arrangements  corresponds  to  both  molecules'  being  in  the  right-hand 
flask.  The  greater  number  of  possible  arrangements  corresponds  to  greater  disorder  in  the  system.  In 

general,  the  probability  that  the  molecules  will  stay  in  the  original  flask  is  ( 2 )",  where  n  is  the  number of  molecules. 

othing" Hand State 
Number  of  Hands  that 
Lead  to  This  State 

Roval  flush 

'Nothing" 
1,302,540 
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the  system,  which  is  analogous  to  allowing  the  gas  to  expand  isothermally.  A 
greater  volume  means  that  there  are  a  greater  number  of  positions  available  to 

the  gas  atoms.  Thus,  there  will  be  a  greater  number  of  microstates  for  the  sys- 
tem after  the  increase  in  volume.  The  entropy  therefore  increases  as  the  volume 

increases,  as  we  saw  in  the  "Closer  Look"  box  in  Section  L9.2.  Second,  suppose 
we  keep  the  volume  fixed  but  increase  the  temperature.  How  will  this  change 
affect  the  entropy  of  the  system?  Recall  the  distribution  of  molecular  speeds 
presented  in  Figure  10. IS.  An  increase  in  temperature  increases  the  average 
(rms)  speed  of  the  molecules  and  broadens  the  distribution  of  speeds.  Hence, 

the  molecules  have  a  greater  number  of  possible  kinetic  energies,  and  the  num- 
ber of  microstates  will  once  again  increase.  I  he  entropy  of  the  system  will 

therefore  increase  with  increasing  temperature. 

If  we  consider  real  molecules  instead  of  ideal-gas  particles,  we  must  also 
consider  the  different  amounts  of  vibrational  and  rotational  energies  the  mole- 

cules have  in  addition  to  their  kinetic  energies.  A  collection  of  real  molecules 

therefore  has  a  greater  number  of  microstates  available  than  does  the  same 

number  of  ideal-gas  particles.  In  general,  the  number  of  microstates  available  to  a 
system  increases  with  an  increase  in  volume,  an  increase  in  temperature,  or  an  increase 
in  the  number  of  molecules  because  any  of  these  changes  increases  the  possible  positions 
and  energies  of  the  molecules  of  the  system. 

There  are  several  ways  that  chemists  use  to  describe  an  increase  in  the 

number  of  microstates  and  therefore  an  increase  in  the  entropy  for  a  system. 
Each  of  these  ways  seeks  to  capture  a  sense  of  the  increased  freedom  of  motion 
that  causes  molecules  to  spread  out  it  not  restrained  by  physical  barriers  or 
chemical  bonds.  Some  say  the  increase  in  entropy  represents  an  increase  in  the 

randomness  or  disorder  of  the  system  as  discussed  in  the  preceding  "Closer 
Look"  box.  Others  liken  an  increase  in  entropy  to  an  increased  dispersion 
(spreading  out)  of  energy  because  there  is  an  increase  in  the  number  of  ways  the 

positions  and  energies  of  the  molecules  can  be  distributed  throughout  the  sys- 
tem. Each  of  these  descriptions  (randomness,  disorder,  and  energy  dispersal)  is 

conceptually  helpful  if  applied  correctly.  Indeed,  you  will  find  it  useful  to  keep 
these  descriptions  in  mind  as  you  evaluate  entropy  changes. 

ACTIVITY 
Mixing  of  Cases 

Making  Qualitative  Predictions  About  AS 

It  is  usually  not  difficult  to  construct  a  mental  picture  to  estimate  qualitatively 

how  the  entropy  of  a  system  changes  during  a  simple  process.  In  most  in- 
stances, an  increase  in  the  number  of  microstates,  and  hence  an  increase  in  en- 

tropy, parallels  an  increase  in 

1.  temperature 
2.  volume 

3.  number  of  independently  moving  particles 

Thus,  we  can  usually  make  qualitative  predictions  about  en- 
tropy changes  by  focusing  on  these  factors.  For  exam- 

ple, when  water  vaporizes,  the  molecules  spread 
out  into  a  larger  volume.  Because  they  occupy  a 
larger  space,  there  is  an  increase  in  their  freedom 

of  motion,  giving  rise  to  more  accessible  mi- 
crostates and  hence  to  an  increase  in  entropy. 

In  the  melting  of  ice,  the  rigid  structure  of  the 

water  molecules,  shown  in  Figure  19.9  ►,  re- 

stricts motion  to  only  tiny  vibrations  through- 
out the  crystal.  In  contrast,  the  molecules  in 

liquid  water  are  free  to  move  about  with 

▼  Figure  19.9   Structure  of  ice. 
The  intermolecular  attractions  in  the  three- 
dimensional  lattice  restrict  the  molecules  to 
vibrational  motion  only. 

I  I 

I  h  drogen 
bond  ^ 



respect  to  one  another  (translation)  and  to  tumble  around  (rotation)  as  well  as 

vibrate.  During  melting,  therefore,  the  number  of  accessible  microstates  in- 
creases and  so  does  the  entropy. 

When  an  ionic  solid,  such  as  KG,  dissolves  in  water,  the  pure  solid  and 
pure  water  are  replaced  by  a  mixture  of  water  and  ions  (Figure  19.10  ▲).  The 
ions  now  move  in  a  larger  volume  and  possess  more  motional  energy  than  in 
the  rigid  solid.  We  have  to  be  careful,  however,  because  water  molecules  are 

held  around  the  ions  as  water  of  hydration.  These  water  mol- 
ecules have  less  motional  energy  than  before  because  they  are  now  confined  to 

the  immediate  environment  of  the  ions.  The  greater  the  charge  of  an  ion,  the 

greater  the  ion-dipole  attractions  that  hold  the  ion  and  the  water  together, 
thereby  restricting  motions.  Thus,  even  though  the  solution  process  is 
normally  accompanied  by  a  net  increase  in  entropy,  the  dissolving  of  salts 
with  highly  charged  ions  can  result  in  a  net  decrease  in  entropy. 

The  same  ideas  apply  to  systems  involving  chemical  reactions.  Con- 
sider the  reaction  between  nitric  oxide  gas  and  oxygen  gas  to  form  nitro- 

gen dioxide  gas: 
2  NO(£)  +  02(g) 

2  N02(g) 

[19.7] 

(,)) 

▲  Figure  19.11    Entropy  change  for  a 
reaction.  A  decrease  in  the  number  of  gaseous 
molecules  leads  to  a  decrease  in  the  entropy  of 
the  system.  When  the  U0(g)  and  02(g)  in  (a) 
react  to  form  the  N02(g)  in  (b),  the  number  of 
gaseous  molecules  decreases.  The  atoms  have 

fewer  degrees  of  freedom  because  new  N  —  0 
bonds  form  and  the  entropy  decreases. 

(b) 

In  this  case  the  reaction  results  in  a  decrease  in  the  number  of 

molecules — three  molecules  of  gaseous  reactants  form  two  mole- 

cules of  gaseous  products  (Figure  19.11  A).  The  formation  of  newT 
N  —  O  bonds  reduces  the  motions  of  the  atoms  in  the  system.  The 
formation  of  new  bonds  decreases  the  number  of  degrees  of  freedom, 
or  forms  of  motion,  available  to  the  atoms.  That  is,  the  atoms  are  less 

free  to  move  in  random  fashion  because  of  the  formation  of  new  bonds. 

The  decrease  in  the  number  of  molecules  and  the  resultant  decrease  in  mo- 
tion result  in  fewer  accessible  microstates  and  therefore  a  decrease  in  the 

entropy  of  the  system. 

In  summary,  we  generally  expect  the  entropy  of  the  system  to  increase  for 

processes  in  which 

1.  Gases  are  formed  from  either  solids  or  liquids. 

2.  Liquids  or  solutions  are  formed  from  solids. 

3.  The  number  of  gas  molecules  increases  during  a  chemical  reaction. 
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Wm  SAMPLE  EXERCISE  19.3  |  Predicting  the  Sign  of  AS 

Predict  whether  AS  is  positive  or  negative  for  each  of  the  following  processes,  as- 
suming each  occurs  at  constant  temperature: 

(a)  H20(/)   >  H20(g) 
(b)  Ag '(<n/)  +  CI  (aq)   »  AgClH 
(c)  4Fe(s)  +  3  0i(g)   ►  2  Fe->0-»(s) 
(d)  N2(g)  +  02(g)   "  2  NO(g) 

Solution 

Analyze:  We  are  given  four  equations  and  asked  to  predict  the  sign  of  AS  for  ea<  h 
chemical  reaction. 

Plan:  The  sign  of  AS  will  be  positive  if  there  is  an  increase  in  temperature,  an  in- 
crease in  the  volume  in  which  the  molecules  move,  or  an  increase  in  the  number  ot 

gas  particles  in  the  reaction.  The  question  states  that  the  temperature  is  constant. 
Thus,  we  need  to  evaluate  each  equation  with  the  other  two  factors  in  mind. 
Solve:  (a)  The  evaporation  of  a  liquid  is  accompanied  by  a  large  increase  in  volume. 
One  mole  of  water  (IS  g)  occupies  about  IS  mL  as  a  liquid  and  22.4  L  as  a  gas  at  STP. 
Because  the  molecules  are  distributed  throughout  a  much  larger  volume  in  the 
gaseous  state  than  in  the  liquid  state,  an  increase  in  motional  freedom  accompanies 
vaporization.  Therefore,  AS  is  positiv  e. 

(b)  In  this  process  the  ions,  which  are  tree  to  move  throughout  the  volume  of  the 
solution,  form  a  solid  in  which  they  are  confined  to  a  smaller  volume  and  restricted 
to  more  highly  constrained  positions.  Thus,  AS  is  negative. 

(c)  The  particles  of  a  solid  are  confined  to  specific  locations  and  have  fewer  ways 
to  move  (fewer  microstates)  than  do  the  molecules  of  a  gas.  Because  02  gas  is  con- 

verted into  part  of  the  solid  product  Fe2C>3,  AS  is  negative. 
(d)  The  number  of  moles  of  gases  is  the  same  on  both  sides  of  the  equation,  and 

so  the  entropy  change  will  be  small.  The  sign  of  AS  is  impossible  to  predict  based  on 
our  discussions  thus  far,  but  we  can  predict  that  AS  will  be  close  to  zero. 

■  PRACTICE  EXERCISE 

Indicate  whether  each  of  the  following  processes  produces  an  increase  or  decrease  in 
the  entropy  of  the  system: 

(a)  C02(s)   C02(g) 
(b)  CaO(s)  f  C02(g)   *  CaC03(s) 
(c)  HC1Q?)  +  NH3(g)   >  NH4Cl(s) 

(d)  2SO'2(x)  +  Oz(g)   >  2S03(#) Answers:  (a)  increase,  (b)  decrease,  (c)  decrease,  (d)  decrease 

M2  SAMPLE  EXERCISE  19.4  |  Predicting  Which  Sample  of  Matter  Has 
the  Higher  Entropy 

Choose  the  sample  of  matter  that  has  greater  entropy  in  each  pair,  and  explain  your 

choice:  (a)  1  mol  of  NaCI(s)  or  I  mol  of  1  ICK.v,*)  at  25°C,  (b)  2  mol  of  I  K  l(-)  or  I  mol  of 
HCl(g)  at  25  C,  (c)  1  mol  of  I  lC\(g)  or  1  mol  of  Ar(g)  at  298  K. 

Solution 

Analyze:  We  need  to  select  the  system  in  each  pair  that  has  the  greater  entropy. 
Plan:  To  do  this,  we  examine  the  state  of  the  system  and  the  complexity  of  the  mole- 

cules it  contains. 

Solve:  (a)  Gaseous  HC1  has  the  higher  entropy  because  gases  hav  e  more  available 
motions  than  solids,  (b)  The  sample  containing  2  mol  of  I  ICI  lias  twice  the  number  of 
molecules  as  the  sample  containing  I  mol.  Thus,  the  2-mol  sample  has  twice  the  num- 

ber of  microstates  and  twice  the  entropy,  (c)  The  HCI  sample  has  the  higher  entropy 
because  the  HCI  molecule  is  capable  of  storing  energy  in  more  wavs  than  is  Ar.  I  ICI 
molecules  can  rotate  and  vibrate;  Ar  atoms  cannot. 

WM  PRACTICE  EXERCISE 

Choose  the  substance  with  the  greater  entropy  in  each  case:  (a)  1  mol  of  H->(g)  at  STP 
or  I  mol  of  H2(g)  at  100°C  and  0.5  arm,  (b)  1  mol  of  H20(s)  at  0°C  or  1  mol  of  H20(/) 
at25°C,  (c)  1  mol  of  H2(g)  at  STP  or  1  mol  of  SO^fy)  at  STP,  (d)  1  mol  of  r\N04(v>)  afSTP 
or  2  mol  of  N02(g)  at  STP. 
Answers:  (a)  1  mol  of  H2(g)  at  100  C  and  0.5  atm,  (b)  I  mol  of  H20(/)  at  2^  C,  (c)  I 
mol  of  S02(g)  at  STP,  (d)  2  mol  of  N02(g)  at  STP 
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CHEMISTRY  AND  LIFE  |  Entropy  and  Life 

The  ginkgo  leaf  shown  in  Figure  1*-). 12(a)  ►  reveals  beauti- 
ful patterns  of  form  and  color.  Both  plant  systems  and  ani- 

mal systems,  including  ourselves,  are  incredibly  complex 
structures  in  which  a  host  of  substances  come  together  in  or- 

ganized ways  to  form  cells,  tissue,  organs,  and  so  on.  These 
various  components  must  operate  in  synchrony  for  the  organ- 

ism as  a  whole  to  be  viable.  If  ev  en  one  key  system  strays  far 
from  its  optimal  state,  the  organism  as  a  whole  may  die. 

To  make  a  liv  ing  system  from  its  component  molecules — 
such  as  a  ginkgo  leaf  from  sugar  molecules,  cellulose  mole- 

cules, and  the  other  substances  present  in  the  leaf — requires  a 
very  large  reduction  in  entropy.  It  would  seem,  then,  that  liv  - 

ing systems  might  v  iolate  the  second  law  of  thermodynamics. 
They  seem  spontaneously  to  become  more,  not  less,  organized 
as  they  develop.  To  get  the  full  picture,  however,  we  must  take 
into  account  the  surroundings. 

We  know  that  a  system  can  move  toward  lower  entropy  if 
we  do  work  on  it.  (That  is,  if  we  supply  energy  to  the  system 

in  a  very  specific  way.)  When  we  do  work  on  a  gas,  for  exam- 
ple, by  compressing  it  isothermally,  the  entropy  of  the  gas  is 

lowered.  The  energy  for  the  work  done  is  provided  by  the  sur- 
roundings, and  in  the  process  the  net  entropy  change  in  the 

universe  is  positiv  e. 

The  striking  thing  about  living  systems  is  that  they  are  or- 
ganized to  recruit  energy  from  their  surroundings  sponta- 
neously. Some  single-celled  organisms,  called  autotrophs, 

capture  energy  from  sunlight  and  store  it  in  molecules  such  as 
sugars  and  fats  [Figure  19.12(b)].  Others,  called  heterotrophs, 
absorb  food  molecules  from  their  surroundings  and  then 

break  the  molecules  down  to  provide  needed  energy.  Whatev- 
er their  mode  of  existence,  however,  living  systems  gain  their 

order  at  the  expense  of  the  surroundings.  Each  cell  exists  at 
the  expense  of  an  increase  in  the  entropy  of  the  universe. 

▲  Figure  19.12   Entropy  and  life,  (a)  This  ginkgo  leaf  represents  a 
highly  organized  living  system,  (b)  Cyanobacteria  absorb  light  energy  and 
utilize  it  to  synthesize  the  substances  needed  for  growth. 

The  Third  Law  of  Thermodynamics 

If  we  decrease  the  thermal  energy  of  a  system  by  lowering  the  temperature,  the 

energy  stored  in  translational,  vibrational,  and  rotational  forms  of  motion  de- 
creases. As  less  energy  is  stored,  the  entropy  of  the  system  decreases.  If  we  keep 

lowering  the  temperature,  do  we  reach  a  state  in  which  these  motions  are  es- 
sentially shut  down,  a  point  described  by  a  single  microstate?  This  question  is 

addressed  by  the  third  law  of  thermodynamics,  which  states  that  the  entropy  of 

a  pure  crystalline  substance  at  absolute  zero  is  zero:  S(0  K)  =  0. 
Figure  19.13  ►  shows  schematically  a  pure  crystalline  solid.  At  absolute 

zero  all  the  units  of  the  lattice  have  no  thermal  motion.  There  is,  therefore,  only 

one  microstate.  As  a  result  S  —  k  In  W  =  k  In  1  =  0.  As  the  temperature  is  in- 
creased from  absolute  zero,  the  atoms  or  molecules  in  the  crystal  gain  energy  in 

the  form  of  vibrational  motion  about  their  lattice  positions.  Thus,  the  degrees  of 
freedom  of  the  crystal  increase.  The  entropy  of  the  lattice  therefore  increases 
with  temperature  because  vibrational  motion  causes  the  atoms  or  molecules  to 
have  a  greater  number  of  accessible  microstates. 
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Increasing  tempera ture 

i)  K 

S  =  0 

II  k 

s  ■  (I ▲  Figure  19.13   A  perfectly  ordered  crystalline  solid  at  and  above  0  K.  At  absolute  zero  (left),  all 
lattice  units  are  in  their  lattice  sites,  devoid  of  thermal  motion.  As  the  temperature  rises  above  0  K  (right),  the 
atoms  or  molecules  gain  energy  and  their  vibrational  motion  increases. 

ACTIVITY 
Temperature  Dependence  of  Entropy 

What  happens  to  the  entropy  of  the  substance  as  we  continue  to  hoot  it? 
Figure  19.14  ►  is  a  plot  of  how  the  entropy  of  a  typical  substance  varies  with 

temperature.  We  see  that  the  entropy  of  the  solid  continues  to  in- 
crease steadily  with  increasing  temperature  up  to  the  melting 

point  of  the  solid.  When  the  solid  melts,  the  bonds  holding  the 
atoms  or  molecules  are  broken  and  the  particles  are  free  to  move 
about  the  entire  volume  of  the  substance.  The  added  degrees  of 
freedom  for  the  indiv  idual  molecules  allow  greater  dispersal  of 

the  substance's  energy  thereby  increasing  its  entropy.  We  there- 
fore see  a  sharp  increase  in  the  entropy  at  the  melting  point. 

After  all  the  solid  has  melted  to  liquid,  the  temperature  again  in- 
creases and  with  it,  the  entropy. 

At  the  boiling  point  of  the  liquid,  another  abrupt  increase  in 
entropy  occurs.  We  can  understand  this  increase  as  resulting 
from  the  increased  volume  in  which  the  molecules  may  be 
found.  When  the  gas  is  heated  further,  the  entropy  increases 
steadily  as  more  energy  is  stored  in  the  translationa]  motion  of 
the  gas  molecules.  At  higher  temperatures,  the  distribution 
of  molecular  speeds  is  spread   out  toward   higher  values. 

i  I  More  of  the  molecules  have  speeds  that  differ 
greatly  from  the  most  probable  value.  The  expansion  of  the  range  of  speeds  of 
the  gas  molecules  leads  to  an  increased  entropy. 

The  general  conclusions  we  reach  in  examining  Figure  19.14  are  consistent 

with  what  we  noted  earlier:  Entropy  generally  increases  with  increasing  tem- 
perature because  the  increased  motional  energy  can  be  dispersed  in  more  ways. 

Further,  the  entropies  of  the  phases  of  a  given  substance  follow  the  order 

Ssolid  <  Sijquid  <  Sgas.  This  ordering  fits  in  nicely  with  our  picture  of  the  num- 
ber of  microstates  available  to  solids,  liquids,  and  gases. 

Solid 
Liquid 

Gas 

Boiling 

- —  Melting 

remperature  (K)  — - 
A  Figure  19.14   Entropy  as  a  function  of 
temperature.  Entropy  increases  as  the 
temperature  of  a  crystalline  solid  is  increased 
from  absolute  zero.  The  vertical  |umps  in  entropy 
correspond  to  phase  changes. 

9 GIVE  IT  SOME  THOUGHT 

If  you  are  told  that  the  entropy  of  a  certain  system  is  zero,  what  do  you  know  about 
the  system? 
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TABLE  19.2    Standard  Molar 
Entropies  of  Selected 
Substances  at  298  K 

Substance 

Gases 
H2(g) 
N:(X) 
02(g) 

H20(g) 
NH3(g) 

CH301  [(g) 

C6H6(g)  ' Liquids 
H20(/) 
CH3OH(/) 
C6H6(/) 

Solids Li(s) 

Nfa(s) 
K(s) 
Fe(s) 

FeCl3(s) 
NaCl(s) 

S°,  J/mol-K 

130.6 
191.5 

205.0 
188.8 

192.5 
237.6 

269.2 

69.9 
1 26.8 
172.8 

>>,  l 

51.4 64.7 

27.23 

142." 

72.3 

19.4  I  Entropy  Changes  in  Chemical  Reactions 

In  Section  5.5  we  discussed  how  calorimetry  can  be  used  to  measure  A//  for 
chemical  reactions.  No  comparable,  easy  method  exists  for  measuring  AS  for  a 

reaction.  By  using  experimental  measurements  of  the  variation  of  heat  capacity 

with  temperature,  however,  we  can  determine  the  absolute  value  of  the  en- 
tropy, S,  for  many  substances  at  any  temperature.  (The  theory  and  the  methods 

used  for  these  measurements  and  calculations  are  beyond  the  scope  of  this 
text.)  Absolute  entropies  are  based  on  the  reference  point  of  zero  entropy  for 
perfect  crystalline  solids  at  0  K  (the  third  law).  Entropies  are  usually  tabulated 

as  molar  quantities,  in  units  of  joules  per  mole-kelvin  (J/mol-K). 
The  molar  entropy  values  of  substances  in  their  standard  states  are  known 

as  standard  molar  entropies  and  are  denoted  S".  The  standard  state  for  an) 
substance  is  defined  as  the  pure  substance  at  1  atm  pressure. *  Table  19.2  ̂   lists 
the  values  of  S°  for  several  substances  at  298  K;  Appendix  C  gives  a  more  ex- 

tensive list. 

We  can  make  several  observations  about  the  S  values  in  Table  19.2: 

1.  Unlike  enthalpies  of  formation,  the  standard  molar  entropies  of  elements  at 

the  reference  temperature  of  298  K  are  not  zero. 

2.  The  standard  molar  entropies  of  gases  are  greater  than  those  of  liquids  and 
solids,  consistent  with  our  interpretation  of  experimental  observations,  as 

represented  in  Figure  19.14. 

3.  Standard  molar  entropies  generally  increase  with  increasing  molar  mass. 
[Compare  Li(s),  Na(s),  and  K(s).] 

4.  Standard  molar  entropies  generallv  increase  with  an  increasing  number  of 
atoms  in  the  formula  of  a  substance. 

Point  4  is  related  to  molecular  motion  (Section  19.3).  In  general,  the  num- 
ber of  degrees  of  freedom  for  a  molecule  increases  with  increasing  number 

of  atoms,  and  thus  the  number  of  accessible  microstates  increases  also. 

Figure  19.15  T  compares  the  standard  molar  entropies  of  three  hydrocar- 
bons. Notice  how  the  entropy  increases  as  the  number  of  atoms  in  the  mole- 

cule increases. 

Methane,  CH4 

S  =  186.3  I  mol  1  K 

0  Q 

Ethane,  C2H,. 

229.6]  mol k 

9 

Propane,  C^H^ 

Sc  =  270.3J  mol  1  K 
-1  ir-i 

▲  Figure  19.15  Molar  entropies.  In  general,  the  more  complex  a  molecule  (that  is,  the  greater  the  number  of  atoms  present), 
the  greater  the  molar  entropy  of  the  substance,  as  illustrated  here  by  the  molar  entropies  of  three  simple  hydrocarbons. 

'  1  he  standard  pressure  used  in  thermodynamics  is  no  longer  1  atm  but  is  based  on  the  SI  unit  for 
pressure,  the  pascal  (Pa).  The  standard  pressure  is  10  Pa,  a  quantity  known  as  a  bar: 
I  bar  105  Pa  =  0.987  atm.  Because  1  bar  differs  from  I  atm  bv  only  1.3%,  we  will  continue  to  refer 
to  the  standard  pressure  as  1  atm. 
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ACTIVITY 
Estimation  of  Entropy  Changes 

The  entropy  change  in  a  chemical  reaction  equals  the  sum  ot  the  entropies 
of  the  products  less  the  sum  of  the  entropies  of  the  reactants:  if^ 

AS   =  ̂   ;/S  (products)      ]T  mS  (reactants)  [19.8] 

As  in  Equation  5.31,  the  coefficients  //  and  /;/  die  the  coefficients  in  the  chemical 
equation,  as  illustrated  in  Sample  Exercise  19.5. 

WM  SAMPLE  EXERCISE  19.5  |  Calculating  AS  from  Tabulated  Entropies 

Calculate  AS°  for  the  synthesis  of  ammonia  from  Njt.v)  and  H2(g)  at  248  K: 

N2(g)  +  3H2(g)   *  2NH3(g) 
Solution 

Analyze:  We  are  asked  to  calculate  the  entropy  change  for  the  synthesis  ot  Nil  \{g)  from  its  constituent  elements. 
Plan:  We  can  make  this  calculation  using  Equation  14. 8  and  the  standard  molar  entropy  \  alues  for  the  reactants  and  the  products 
that  are  given  in  Table  19.2  and  in  Appendix  C. 

Solve:  Using    Equation    19.8,  we 
have  AS   =  2S  (NEE)  -  [S°(N2)  +  3S  (EE)] 

Substituting  the  appropriate  S  val-  AS   =  (2  mol)(192.5  J  mol-K)  -  |(l  mol)(191.5J  mol-K)  •  (3  mol)(130.6  J  mol-K)] 
ues  from  Table  19.2  yields 198.3  J/K 

Check:  The  value  for  AS  is  negative,  in  agreement  with  our  qualitative  prediction  based  on  the  decrease  in  the  number  of  mole- 
cules of  gas  during  the  reaction. 

■K  PRACTICE  EXERCISE 

Using  the  standard  entropies  in  Appendix  C,  calculate  the  standard  entropy  change,  As  ,  for  the  following  reaction  at  2L'S  K: 

Al203(s)  f  3H2(£)   ►  2AI(s)  +  3H:0(,\') 
Answer.  180.39  I  K 

Entropy  Changes  in  the  Surroundings 

Tabulated  absolute  entropy  values  can  be  used  to  calculate  the  standard  en- 
tropy change  in  a  system,  such  as  a  chemical  reaction,  as  just  described,  but 

what  about  the  entropy  change  in  the  surroundings?  We  encountered  this  situ- 
ation in  Section  lc'.2,  but  it  is  good  to  revisit  it  now  that  we  are  examining  chem- 

ical reactions. 

We  should  recognize  that  the  surroundings  serve  essentially  as  a  large, 

constant-temperature  heat  source  (or  heat  sink  it  the  beat  flows  from  the  system 
to  the  surroundings).  The  change  in  entropy  of  the  surroundings  w  ill  depend 
on  how  much  heat  is  absorbed  or  given  off  bv  the  system.  For  an  isothermal 

process,  the  entropy  change  of  the  surroundings  is  given  by 

-<7sys 

ASsurr  =  —  [19.9] 

For  a  reaction  occurring  at  constant  pressure,  i/svs  is  simply  the  enthalpy 

change  for  the  reaction,  A//.  For  the  reaction  in  Sample  Exercise  19.5,  the  for- 
mation of  ammonia  from  EM.y)  and  N^t.e)  at  298  K,  i/MS  is  the  enthalpy  change 

for  reaction  under  standard  conditions,  A//  .  Using  the  proce- 
dures described  in  Section  5.7,  we  have 

AHr°xn  =  2AH°f[NH3(g)]  -  3AHj[H2(g)]  -  AHj[N2C?)] 

=  2(-46.19  kj)  -  3(0  kj)  -  (0  kj)     -92.38  kj 
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Thus,  at  298  K  the  formation  of  ammonia  from  H2(^)  and  N2(#)  is  exothermic. 

Absorption  of  the  heat  given  off  by  the  system  results  in  an  increase  in  the  en- 
tropy of  the  surroundings: 92.38  kj 

ASs°urr  =  =  0.310  kj  K  =  310  j  K 

Notice  that  the  magnitude  of  the  entropy  gained  bv  the  surroundings  (310  J/K) 

is  greater  than  that  lost  by  the  system  (198.3  JZK,  as  calculated  in  Sample  Exer- cise 19.5): 

ASSniv  =  ISZys  -  AS°urr  =  -198.3  J  K  -  310  J  K  =  112  J  K 

Because  AS^niv  is  positive  for  any  spontaneous  reaction,  this  calculation  in- 
dicates that  when  \H -*(£),  H2(£),  and  N2(g)  are  together  at  298  K  in  their  stan- 

dard states  (each  at  1  arm  pressure),  the  reaction  system  will  move 

spontaneously  toward  formation  of  \H^).  Keep  in  mind  that  while  the  ther- 
modynamic calculations  indicate  that  formation  of  ammonia  is  spontaneous, 

they  do  not  tell  us  anything  about  the  rate  at  which  ammonia  is  formed.  Estab- 
lishing equilibrium  in  this  system  within  a  reasonable  period  of  time  requires  a 

catalyst,  as  discussed  in  Section  15.6. 

Q    GIVE  IT  SOME  THOUGHT 

If  a  process  is  exothermic,  does  the  entropy  of  the  surroundings  (1 )  always  increase, 

(2)  always  decrease,  or  (3)  sometimes  increase  and  sometimes  decrease,  depend- 
ing on  the  process? 

19.5    Gibbs  Free  Energy 

▲  Figure  19.16   Josiah  Willard  Gibbs 
(1839-1903).  Gibbs  was  the  first  person  to  be 
awarded  a  Ph.D.  in  science  from  an  American 
university  (Yale,  1863).  From  1871  until  his  death, 
he  held  the  chair  of  mathematical  physics  at  Yale 
He  developed  much  of  the  theoretical  foundation 
that  led  to  the  development  of  chemical 
thermodynamics. 

We  have  seen  examples  of  endothermic  processes  that  are  spontaneous,  such  as 
the  dissolution  of  ammonium  nitrate  in  water.  i  Section  1 3.1  >  We  learned  in 

our  discussion  of  the  solution  process  that  a  spontaneous,  endothermic  process 

must  be  accompanied  by  an  increase  in  the  entropy  of  the  system.  However,  we 
have  also  encountered  processes  that  are  spontaneous  and  vet  proceed  with  a 
decrease  in  the  entropy  of  the  system,  such  as  the  highly  exothermic  formation 

of  sodium  chloride  from  its  constituent  elements.  -    tion  8.2  Sponta- 

neous processes  that  result  in  a  decrease  in  the  system's  entropy  are  always 
exothermic.  Thus,  the  spontaneity  of  a  reaction  seems  to  invok  e  two  thermo- 

dynamic concepts,  enthalpy  and  entropy. 

There  should  be  a  way  to  use  AH  and  AS  to  predict  whether  a  given  reac- 
tion occurring  at  constant  temperature  and  pressure  will  be  spontaneous.  The 

means  for  doing  so  was  first  developed  bv  the  American  mathematician  J. 

W  illard  Gibbs  (1839-1903).  Gibbs  (Figure  19.16  4)  proposed  a  new  state  func- 
tion, now  called  the  Gibbs  free  energy  (or  just  free  energy).  The  Gibbs  free  en- 
ergy, G,  of  a  state  is  defined  as 

G  =  H  -  T5  [19.10] 

where  T  is  the  absolute  temperature.  For  a  process  occurring  at  constant  temper- 
ature, the  change  in  free  energy  of  the  system,  AG,  is  given  by  the  expression 

AG  =  AH  -  TAS 

[19.1T 

To  see  how  the  state  function  G  relates  to  reaction  spontaneity,  recall  that 
for  a  reaction  occurring  at  constant  temperature  and  pressure 

-AH 

AS, 

ASSV! 

AS, 

ASSVS  + T 
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Multiplying  both  sides  by  (— T)  gives  us 

—  TAS„niv.  =  A/E 
TAS* 

19.121 

Comparing  Equation  19.12  with  Equation  19.1 1,  we  see  that  the  free-energy 
change  in  a  process  occurring  at  constant  temperature  and  pressure,  AC,  is 

equal  to  -7'ASmm  .  We  know  that  for  spontaneous  processes,  ASuim  is  positive. 
Thus,  the  sign  of  AC  provides  us  w  ith  extremely  valuable  information  about 
the  spontaneity  of  processes  that  occur  at  constant  temperature  and  pressure.  It 
both  7  and  P  are  constant,  the  relationship  between  the  sign  of  AC  and  the 

spontaneity  of  a  reaction  is  as  follows: 

1.  If  AC  is  negative,  the  reaction  is  spontaneous  in  the  forward  direction. 

2.  If  AC  is  zero,  the  reaction  is  at  equilibrium. 

3.  If  AC  is  positive,  the  reaction  in  the  forward  direction  is  nonspontaneous; 
work  must  be  supplied  from  the  surroundings  to  make  it  occur.  However, 
the  reverse  reaction  will  be  spontaneous. 

It  is  more  convenient  to  use  AC  as  a  criterion  tor  spontaneity  than  to  use  ASumv , 
because  AG  relates  to  the  system  alone  and  avoids  the  complication  of  having 
to  examine  the  surroundings. 

An  analogy  is  often  drawn  between  the  free-energy  change  during  a  spon- 
taneous reaction  and  the  potential-energy  change  when  a  boulder  rolls  down  a 

hill.  Potential  energy  in  a  gravitational  field  "drives"  the  boulder  until  it  reach- 
es a  state  of  minimum  potential  energy  in  the  valley  [Figure  19.17(a)  ►].  Simi- 

larly, the  free  energy  of  a  chemical  system  decreases  until  it  reaches  a  minimum 
value  [Figure  19.17(b)].  When  this  minimum  is  reached,  a  state  of  equilibrium 

exists.  ///  any  spontaneous  process  at  constant  temperature  and  pressure,  the  free  ener- 
gy always  decreases. 

As  a  specific  illustration  of  these  ideas,  let's  return  to  the  Haber  process  for 
the  synthesis  of  ammonia  from  nitrogen  and  hydrogen,  which  we  discussed  ex- 

tensively in  Chapter  I  5: 

N2(£)  +  3  H2(g) 

nh3c?; 

Imagine  that  we  have  a  reaction  vessel  that  allows  us  to  maintain  a  constant 
temperature  and  pressure  and  that  we  have  a  catalyst  that  allows  the  reaction 
to  proceed  at  a  reasonable  rate.  What  will  happen  if  we  charge  the  vessel  with  a 

certain  number  of  moles  of  N2  and  three  times  that  number  of  moles  of  EC 7  As 
we  saw  in  Figure  15.3(a),  the  N2  and  EC  will  react  spontaneously  to  form  NEC 
until  equilibrium  is  achiev  ed.  Similarly,  Figure  15.3(b)  demonstrates  that  if  we 
charge  the  vessel  with  pure  NEC,,  it  will  decompose  spontaneously  to  form  N2 
and  EC  until  equilibrium  is  reached.  In  each  case  the  free  energy  of  the  system 
is  lowered  on  the  way  to  equilibrium,  which  represents  a  minimum  in  the  free 
energy.  We  illustrate  these  cases  in  Figure  19.18  ►. 

9 GIVE  IT  SOME  THOUGHT 

Give  the  criterion  for  spontaneity  first  in  terms  of  entropy  and  then  in  terms  of  free 
energy. 

This  is  a  good  time  to  remind  ourselves  of  the  significance  of  the  reaction 
quotient,  Q,  for  a  system  that  is  not  at  equilibrium.  Recall 

that  when  Q  <  K,  there  is  an  excess  of  reactants  relative  to  products.  The  reac- 
tion will  proceed  spontaneously  in  the  forward  direction  to  reach  equilibrium. 

When  Q  >  fC,  the  reaction  will  proceed  spontaneously  in  the  rev  erse  direction. 

At  equilibrium  Q  =  K.  We  have  illustrated  these  points  in  Figure  CIS.  In 
Section  19.7  we  will  see  how  to  use  the  v  alue  of  Q  to  calculate  the  value  of  Ac. 

for  systems  that  are  not  at  equilibrium. 

Position 

(a) 

Reactants 

I  quilibrium mixture 

Products 

Course  of  reaction 

(b) 

▲  Figure  19.17   Potential  energy  and  free 
energy.  An  analogy  is  shown  between  the 
gravitational  potential-energy  change  of  a 
boulder  rolling  down  a  hill  (a)  and  the  free- 
energy  change  in  a  spontaneous  reaction  (b).  The 
equilibrium  position  in  (a)  is  given  by  the 
minimum  gravitational  potential  energy  available 
to  the  system.  The  equilibrium  position  in  (b)  is 
given  by  the  minimum  free  energy  available  to 
the  system. 

The  Balance  Between  Enthalpy  and  Entropy 
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►  Figure  19.18  Free  energy  and 
equilibrium.  In  the  reaction 
U2(g)  +  3  H7(g)         2  NH3(g),  if  the  reaction 
mixture  has  too  much  N2  and  H2  relative  to  NH3 
(left),  the  equilibrium  lies  too  far  to  the  left 
( Q     K)  and  NH5  forms  spontaneously.  If  there 
is  too  much  NH3  in  the  mixture  (fight),  the 
equilibrium  lies  too  far  to  the  right  ( Q     K)  and 
the  IMHj  decomposes  spontaneously  into  N2  and 
H2.  Both  of  these  spontaneous  processes  are 

"downhill"  in  free  energy.  At  equilibrium  (center), 
Q     K  and  the  free  energy  is  at  a  minimum 
(AC  =  0). 

Pi 
ACTIVITY 
Free  Energy  and  Reaction  Mixture 

MOVIE 
Formation  of  Water 

/  S 

\ 
 \ 

\  Spontaneous 
\  \ 

\  * 

/  / 

Spontaneous  / 

Q  <  K 

1 

I'll  IV 

Equilibrium mixture 

(Q  =  K,  AG  =  0) 

Pure 
Ml 

TABLE  19.3   Conventions  Used 
in  Establishing  Standard  Free 
Energies 

State Standard 
of  Matter State 

Solid 
Pure  solid 

Lie]  li  id Pure  liquid 
CulS 1  atm  pressure 
Solution 1  M  concentration 
Elements Standard  free  energy  of 

formation  of  an 
element  in  its  standard 
state  is  defined  as  zero 

Standard  Free-Energy  Changes 

Free  energy  is  a  state  function,  like  enthalpy.  We  can  tabulate  standard  free  en- 
ergies of  formation  for  substances,  just  as  we  can  tabulate  standard  enthalpies 

of  formation.  It  is  important  to  remember  that  standard  values 
for  these  functions  imply  a  particular  set  of  conditions,  or  standard  states.  The 
standard  state  for  gaseous  substances  is  1  atm  pressure.  For  solid  substances, 
the  standard  state  is  the  pure  solid;  for  liquids,  the  pure  liquid.  For  substances 

in  solution,  the  standard  state  is  normally  a  concentration  of  1  M.  (In  very  accu- 
rate work  it  may  be  necessarv  to  make  certain  corrections,  but  we  need  not 

worry  about  these.)  The  temperature  usually  chosen  for  purposes  of  tabulating 

data  is  25°C,  but  we  will  calculate  AG0  at  other  temperatures  as  well.  Just  as  for 
the  standard  heats  of  formation,  the  free  energies  of  elements  in  their  standard 
states  are  set  to  zero.  This  arbitrary  choice  of  a  reference  point  has  no  effect  on 

the  quantity  in  which  we  are  really  interested,  namely,  the  difference  in  free  en- 
ergy between  reactants  and  products.  The  rules  about  standard  states  are  sum- 

marized in  Table  19.3  A.  A  listing  of  standard  free  energies  of  formation, 

denoted  AG^,  appears  in  Appendix  C. 

9 GIVE  IT  SOME  THOUGHT 

What  does  the  superscript  0  indicate  when  associated  with  a  thermodynamic  quanti- 

ty, as  in  AH°,  AS  ,  or  AC  ? 
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I  he  standard  tree  energies  of  formation  are  useful  in  calculating  the 

standard  free-energy  change  for  chemical  processes.  The  procedure  is  analogous 
to  the  calculation  of  AH  (Equation  5.31)  and  AS  (Equation  19.8): 

AC       ̂   //AC, (products)  -    2  >«AG°(reactants)  [19.13] 

What's" Free" About  Free  Energy? 

Phe  Gibbs  tree  energy  is  a  remarkable  thermodynamic 
quantity.  Because  so  many  chemical  reactions  are  carried 

out  under  conditions  ol  near-constant  pressure  and  tempera- 
ture, chemists,  biochemists,  and  engineers  use  the  sign  and 

magnitude  of  AG  as  exceptionally  useful  tools  in  the  design 
and  implementation  ol  chemical  and  biochemical  reactions. 
We  will  see  examples  of  the  usefulness  ol  AG  throughout  the 
remainder  of  this  <  hapter  and  this  text. 

There  are  two  common  questions  that  often  arise  when 
one  first  learns  about  the  ( libbs  tree  energy:  Why  does  the  sign 

of  AC  tell  us  about  the  spontaneity  of  reactions1  What  is  "free" 
about  free  energy?  We  will  address  these  two  questions  here 
by  using  concepts  discussed  in  I  hapter  5  and  earlier  in  this 
chapter. 

In  Section  19.2  we  saw  that  the  second  law  of  thermody- 
namics governs  the  spontaneity  of  processes.  In  order  lo  apply 

the  second  law  (Equation  19.4),  however,  we  must  determine 
ASuim  ,  w  hich  is  often  diffii  Lilt  to  e\  aluate.  B\  using  the  ( libbs 
free  energy  under  conditions  of  constant  temperature  and 
pressure,  we  can  relate  ASunu  to  quantities  that  depend  only 
on  changes  in  the  system,  namely  A//  and  As  (as  before,  il  we 
do  not  put  a  subscript  on  these  quantities,  we  are  referring  to 
the  system).  Our  first  step  in  seeing  this  relationship  is  to  re- 

call Equation  le'.2,  which  states  that  at  constant  temperature 
AS  equals  the  amount  ol  heat  that  would  be  transferred  to  the 
system  in  a  reversible  process,  divided  by  the  temperature: 

AS  =  qtev/T       (at  constant  /  ) 

Remember  that  because  entropy  is  a  state  function,  this  is  the 
entropy  change  regardless  of  whether  the  system  changes  re- 

versible or  irreversibly.  Similarly,  if  /  is  constant,  the  entropy 
change  of  the  surroundings  is  given  bv  the  heat  transferred  to 
the  surroundings,  qsun,  divided  by  the  temperature.  Because 
heat  transferred  to  the  surroundings  must  be  transferred  from 

the  system,  it  follows  that  i/sull  =  -fjsys.  Combining  these 
ideas  allows  us  to  relate  ASsurr  to  i/MS: 

ASsurr  =  <fcurr/T  =    -qsyJT       (constant/)  [19.14] 

If  P  is  also  constant,  ̂ svs  =  qp  =  AH  (Equation  5.1(1),  so 

ASsurr  =  -(7SyS/T  =     MIT      (constant  T,  P)  [19.15] 

We  can  now  Lise  Equation  1C4  to  calculate  ASunjv  in  terms  of 
AS  and  AH: 

ASuniv  =  AS  +  ASsun  =  AS  -  AH/T 
(constant  T,  P)  [19.16] 

Thus,  under  conditions  of  c  onstant  temperature  and  pressure, 
the  second  law  (Equation  19.4)  becomes: 

Reversible  process:      As     a//  /  =  0 

Irreversible  process:    As     a//  /    ■  0 
(constant  / ,  P)  [19.17] 

Now  w  e  can  see  the  relationship  between  AC  and  the  second 

law.  It  we  multiply  the  preceding  equations  by  T  and  re- 
arrange, we  reach  the  following  conclusion: 

Reversible  process:      AG     Ml  -  T  AS  =  0 

Irreversible  process:     AG     Ml      /"AS  0 
(constant  T,  P)      [  1C>.1S] 

We  see  that  we  c  an  Lise  the1  sign  of  A(  I  to  conclude 
whether  a  reaction  is  spontaneous,  nonspontaneous,  or  at 

equilibrium.  The  magnitude  ol  A( .  is  also  significant.  A  reac- 
tion for  which  AC  is  large  and  negatb  e,  such  as  the  burning  ol 

gasoline,  is  much  more  capable  of  doing  work  on  the  sur- 
roundings than  is  a  reaction  for  which  Ac.  is  small  and  nega- 

tive, such  as  ice  melting  al  room  temperature.  In  fact, 
thermodynamics  tells  us  that  the  change  in  free  energy  for  a 
process,  ACi,  equals  the  minimum  useful  work  that  can  be  done  by 
the  system  on  its  surroundings  in  a  spontaneous  process  occurring 
nt  constant  temperature  and  pressure: 

AG        „.„„„  [19.19] 

This  relationship  explains  why  AO  is  called  the  tier  energy  It 
is  the  portion  ol  the  energy  c  hange  ol  a  spontaneous  rea<  tion 
that  is  free  to  do  useful  work.  I  he  remainder  ol  the  energy  en- 

ters the  environment  as  heat. 

What  Lise  can  be  made  ol  this  standard  free-energy 

change  for  a  chemical  reaction1  I  he  quantity  A( .  tells  us 
w  hether  a  mixture  of  reactants  and  products,  each  present 
under  standard  conditions,  would  spontaneous!)  react  in  the 
forward  direction  to  produce  more  products  (AG  0)  or  in 
the  reverse'  direction  to  form  more  reactants  (AG  0).  Be- 

cause AC  /  values  are  readih  av  ailable  for  a  large  number  ol 
substances,  the  standard  free-energy  change  is  easv  to  calcu- 

late for  man)  reactions  ol  interest. 
For  processes  that  are  not  spontaneous  (AC  0),  the 

free-energy  change  is  a  measure  ol  the  minimum  amount  ol 
work  that  must  he  done  to  cause  the  process  to  occur.  In  ac  tu- 
al  cases  we  always  need  to  do  more  than  this  theoretical  mini- 

mum amount  because  ol  the  inefficiencies  in  the  wa\  the 

changes  occur. 
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■  SAMPLE  EXERCISE  19.6  |  Calculating  Standard  Free-Energy  Change 
from  Free  Energies  of  Formation 

(a)  By  using  data  from  Appendix  C,  calculate  the  standard  free-energy  change  for  the 
following  reaction  at  298  K: 

P4(g)  +  6Cl2(g)   >4PC\3(g) 
(b)  What  is  AC  for  the  reverse  of  the  above  reaction? 

Solution 

Analyze:  We  are  asked  to  calculate  the  free-energv  change  for  the  indicated  reaction, 
and  then  to  determine  the  free-energy  change  of  its  reverse. 
Plan:  To  accomplish  our  task,  we  look  up  the  free-energy  values  for  the  products  and 
reactants  and  use  Equation  19.13:  We  multiply  the  molar  quantities  by  the  coefficients 
in  the  balanced  equation,  and  subtract  the  total  for  the  reactants  from  that  for  the 

products. Solve:  (a)  Cl2(g)  is  in  its  standard  state,  so  AG?  is  zero  for  this  reactant.  Pi(g),  howev- 
er, is  not  in  its  standard  state,  so  AG°  is  not  zero  for  this  reactant.  From  the  balanced 

equation  and  using  Appendix  C,  we  have: 

AG?^  =  4AC?[PCh(X)l  -  AG?[P4(x)]  -  6AG?[CI2(g)] 

=  (4  mol)(-269.6  kj/mol)  -  (1  mol)(24.4  kj/mol)  -  0 =  -1102.8  kj 

The  fact  that  AG°  is  negative  tells  us  that  a  mixture  of  P^{g),  CUig),  and  PCI 3(g)  at 
25°C,  each  present  at  a  partial  pressure  of  1  atm,  would  react  spontaneously  in  the 
forward  direction  to  form  more  PCI3.  Remember,  however,  that  the  value  of  AG  tells 
us  nothing  about  the  rate  at  which  the  reaction  occurs. 

(b)  Remember  that  AG  =  G  (products)  -  G  (reactants).  If  we  reverse  the  reac- 
tion, we  reverse  the  roles  of  the  reactants  and  products.  Thus,  reversing  the  reaction 

changes  the  sign  of  AG,  just  as  reversing  the  reaction  changes  the  sign  of  AH. 
Hence,  using  the  result  from  part  (a): 

4  PCl3(g)   >  P4(g)  +  6Cl2(g)       AGr  =  +1102.8  kj 

■i  PRACTICE  EXERCISE 

By  using  data  from  Appendix  C,  calculate  AG:  at  298  K  for  the  combustion  of 
methane:  CH4(g)  +  2  02(g)   *  C02(g)  +  2  H20(g). 
Answer:  -800.7  kj 

■i  SAMPLE  EXERCISE  19.7  |  Estimating  and  Calculating  AC0 

In  Section  5.7  we  used  Hess's  law  to  calculate  AH 0  for  the  combustion  of  propane  gas at  298  K: 

C3H8(g)  +  5  02(g)   ►  3C02(g)  +  4  H20(/)       AH°  =  -2220  kj 

(a)  Without  using  data  from  Appendix  C,  predict  whether  AG°  for  this  reaction  is  more 
negative  or  less  negative  than  AH:.  (b)  Use  data  from  Appendix  C  to  calculate  the 
standard  free-energy  change  for  the  reaction  at  298  K.  Is  your  prediction  from  part  (a) 
correct? 

Solution 

Analyze:  In  part  (a)  we  must  predict  the  value  for  AG°  relative  to  that  for  AH0  on  the 
basis  of  the  balanced  equation  for  the  reaction.  In  part  (b)  we  must  calculate  the  value 

for  AG0  and  compare  with  our  qualitative  prediction. 
Plan:  The  free-energy  change  incorporates  both  the  change  in  enthalpy  and  the 
change  in  entropy  for  the  reaction  (Equation  19.11),  so  under  standard  conditions: 

AG°  =  AH°  -  TAS: 

To  determine  whether  AG  is  more  negative  or  less  negative  than  AH°,  we  need  to 
determine  the  sign  of  the  term  TAS°.  T  is  the  absolute  temperature,  298  K,  so  it  is  a 
positive  number.  We  can  predict  the  sign  of  AS0  by  looking  at  the  reaction. 
Solve:  (a)  We  see  that  the  reactants  consist  of  six  molecules  of  gas,  and  the  products 
consist  of  three  molecules  of  gas  and  four  molecules  of  liquid.  Thus,  the  number  of 
molecules  of  gas  has  decreased  significantly  during  the  reaction.  By  using  the  gener- 
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a)  rules  we  discussed  in  Section  19.3,  we  would  expect  a  decrease  in  the  number  of 
gas  molecules  to  lead  to  a  decrease  in  the  entropy  of  the  system — the  products  have 
fewer  accessible  microstates  than  the  reactants.  We  therefore  expect  AS  and  /  AS  to 

be  negative  numbers.  Because  we  are  subtracting  TAS':,  which  is  a  negative  number, 
we  would  predict  that  AC  is  /ess  negative  than  A//  . 

(b)  Using  Equation  19.13  and  values  from  Appendix  C,  we  can  calculate  the 
value  of  AC  : 

AC0  =  3AGj[C02(g)]  +  4AG?[H20(/)]  -  AC;[CHs(x)]  -  5AG°f[02(g)} 
=  3mol(-394.4kJ/mol)  +  4  mol(-237.13  kj/mol)  - 

1  mol(  23.47kJ/mol)     5mol(0kJ  mol)  =  -210Sk| 

Notice  that  we  have  been  careful  to  use  the  value  of  AC  ,  for  H20(/);  as  in  the  calcula- 
tion of  A//  values,  the  phases  of  the  reactants  and  products  are  important.  As  we  pre- 

dicted, AC  is  less  negative  than  AH  because  of  the  decrease  in  entropy  during  the 
reaction. 

H  PRACTICE  EXERCISE 

Consider  the  combustion  of  propane  to  form  CO->(y)  and  tCCK^)  at  298  K: 
C3H8(x)  +  5  02(x)   »  3C02(X)  +  4  H20(;s').  Would  you  expect  AC    to  be  more 
negative  or  less  negativ  e  than  AH°? 
Answer:  more  negative 

19.6  |  Free  Energy  and  Temperature 

We  have  seen  that  tabulations  of  AC/,  such  as  those  in  Appendix  C,  make  it 
possible  to  calculate  AC  for  reactions  at  the  standard  temperature  of  25  C. 
Howev  er,  we  are  often  interested  in  examining  reactions  at  other  temperatures. 

How  is  the  change  in  free  energy  affected  by  the  change  in  temperature?  Let's 
look  again  at  Equation  19.11: 

AG  =  AH  -  TAS  -     A//     +  (-TAS) 
Enthalpy  I  nrropy 
term  term 

Notice  that  we  have  written  the  expression  for  AG  as  a  sum  of  two  contribu- 

tions, an  enthalpy  term,  A//,  and  an  entropy  term,  -TAS.  Because  the  value 
of  -TAS  depends  directly  on  the  absolute  temperature  T,  AG  will  v  ary  with 
temperature.  T  is  a  positive  number  at  all  temperatures  other  than  absolute 

zero.  We  know  that  the  enthalpy  term,  AH,  can  be  positive  or  negative.  The 

entropy  term,  -TAS,  can  also  be  positive  or  negative.  When  AS  is  positive, 
which  means  that  the  final  state  has  greater  randomness  (a  greater  number 

of  microstates)  than  the  initial  state,  the  term  -TAS  is  negative.  When  AS  is 
negative,  the  term  -TAS  is  positive. 

The  sign  of  AG,  which  tells  us  whether  a  process  is  spontaneous,  will  de- 
pend on  the  signs  and  magnitudes  of  AH  and  -TAS.  When  both  A//  and 

-TAS  are  negative,  AG  will  always  be  negative  and  the  process  will  be  spon- 
taneous at  all  temperatures.  Likewise,  when  both  AH  and  -TAS  are  positive, 

AG  will  always  be  positive  and  the  process  will  be  nonspontaneous  at  all 
temperatures  (the  reverse  process  will  be  spontaneous  at  all  temperatures). 

When  AH  and  -TAS  have  opposite  signs,  however,  the  sign  of  AG  will  de- 
pend on  the  magnitudes  of  these  two  terms.  In  these  instances  temperature  is 

an  important  consideration.  Generally,  AH  and  AS  change  very  little  with 
temperature.  However,  the  value  of  7  directly  affects  the  magnitude  of 

-TAS.  As  the  temperature  increases,  the  magnitude  of  the  term  TAS  in- 
creases and  it  will  become  relatively  more  important  in  determining  the  sign 

and  magnitude  of  AG. 
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For  example,  let's  consider  once  more  the  melting  or  ice  to  liquid  water  at  1 
atm  pressure: 

H20(s)   >  H2()(/)       AH  >  0,  AS  >  0 

This  process  is  endothermic,  which  means  that  A//  is  positive.  We  also  know 

that  the  entropy  increases  during  this  process,  so  AS  is  positive  and  -TAS  is 
negative.  At  temperatures  below  0  C  (273K)  the  magnitude  of  A//  is  greater 

than  that  of  -TAS.  Hence,  the  positive  enthalpy  term  dominates,  leading  to  a 
positive  value  for  AC  The  positive  value  of  AC  means  that  the  melting  of  ice  is 

not  spontaneous  at  T  <  O'  C;  rather,  the  reverse  process,  the  freezing  of  liquid 
water  into  ice,  is  spontaneous  at  these  temperatures. 

What  happens  at  temperatures  greater  than  (PC?  As  the  temperature  in- 

creases, so  does  the  magnitude  of  the  entropy  term  -TAS.  When  T  >  0°C,  the 
magnitude  of  -TAS  is  greater  than  the  magnitude  of  AH.  At  these  tempera- 

tures the  negative  entropy  term  dominates,  which  leads  to  a  negative  value  for 
AG.  The  negative  value  of  AG  tells  us  that  the  melting  of  ice  is  spontaneous  at 

T  >  0°C.  At  the  normal  melting  point  of  water,  T  =  0°C,  the  two  phases  are  in 
equilibrium.  Recall  that  AG  =  0  at  equilibrium;  at  T  =  0°C,  AH  and  -TAS  are 
equal  in  magnitude  and  opposite  in  sign,  so  they  cancel  one  another  and  give 
AG  =  0. 

Q    CIVE  IT  SOME  THOUGHT 

The  normal  boiling  point  of  benzene  is  80°C.  At  100°C  and  1  atm,  which  term  is 
greater  for  the  vaporization  of  benzene,  A/-/  or  TAS? 

The  possible  situations  for  the  relative  signs  of  AH  and  AS  are  given  in 
Table  19.4  T,  along  with  examples  of  each.  Bv  applying  the  concepts  we  have 
developed  for  predicting  entropy  changes,  we  often  can  predict  how  AG  will 
change  with  temperature. 

Our  discussion  of  the  temperature  dependence  of  AG  is  also  relevant  to 

standard  free-energy  changes.  As  we  saw  in  Sample  Exercise  19.7,  under  stan- 
dard conditions,  Equation  19.11  becomes: 

AG0  =  AH°  -  TAS  [19.20] 

We  can  readily  calculate  the  values  of  AH:  and  AS°  at  298  K  from  the  data  tab- 
ulated in  Appendix  C.  If  we  assume  that  the  values  of  AH0  and  AS0  do  not 

change  with  temperature,  we  can  use  Equation  19.20  to  estimate  the  value  of 
AG  at  temperatures  other  than  298  K. 

TABLE  19.4   Effect  of  Temperature  on  the  Spontaneity  of  Reactions 

All 
As 

-TAS 

AG  =  AH  -  TAS Reaction  Characteristics 
Example 

• 
Spontaneous  at  all  temperatures 

2  03(g)   > 

3  02(g) 

• + f Nonspontaneous  at  all  temperatures 

3  02(g)   * 

2  03fc) 

f  or 
Spontaneous  at  low  T;  nonspontaneous  at  high  T 

H20(/)   * 

H20(s) 

• • 1  or 
Spontaneous  at  high  T;  nonspontaneous  at  low  T 

H20(s)   * 

H:Q(/) 

41 
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■  SAMPLE  EXERCISE  19.8  |  Determining  the  Effect  of  Temperature 
on  Spontaneity 

The  Haber  process  for  the  production  of  ammonia  involve*  the  equilibrium 

N2(g)  +  3H2(g)  2NH3(g) 

Assume  that  AH  and  AS  for  this  reaction  do  not  change  with  temperature,  (a)  Pre- 
dict the  direction  in  which  AC  for  this  reaction  changes  with  increasing  temperature, 

(b)  Calculate  the  values  of  ACT  for  the  reaction  at  25  C  and  500  C. 

Solution 

Analyze:  In  part  (a)  we  are  asked  to  predict  the  direction  in  which  Ac?  for  the  am- 
monia synthesis  reaction  changes  as  temperature  increases.  In  part  (b)  we  need  to  de- 

termine AGr'  for  the  reaction  at  two  different  temperatures. 
Plan:  In  part  (a)  we  can  make  this  prediction  by  determining  the  sign  of  AS  tor  the 
reaction  and  then  using  that  information  to  analyze  Equation  lc>.20.  In  part  (b)  we 
need  to  calculate  A//  and  AS  for  the  reaction  by  using  the  data  in  Appendix  C.  We 
can  then  use  Equation  19.20  to  calculate  AG  . 
Solve:  (a)  Equation  19.20  tells  us  that  Ac,  is  the  sum  of  the  enthalpy  term  A//  and 
the  entropy  term  -TAS  .  The  temperature  dependence  of  ACT  comes  from  the  en- 

tropy term.  We  expect  AS  for  this  reaction  to  be  negative  because  the  number  of  mol- 
ecules of  gas  is  smaller  in  the  products.  Because  AS  is  negative,  the  term  -TAS  is 

positive  and  grows  larger  with  increasing  temperature.  As  a  result,  ACT  becomes  less 
negative  (or  more  positive)  with  increasing  temperature.  Thus,  the  driving  force  for 
the  production  of  NH-j  becomes  smaller  with  increasing  temperature. 

(b)  We  calculated  the  value  of  A//  in  Sample  Exercise  15.14,  and  the  value  of  AS 
was  determined  in  Sample  Exercise  19.5:  A//       -92.38  kj  and  AS       -198.4 J/K.  It 
we  assume  that  these  values  don't  change  with  temperature,  we  can  calculate  AG  at 
any  temperature  by  using  Equation  19.20.  At  7  -  2e'S  K  we  have: 

AC       -92.38  kj  -  (298  K)(- 198.4  J/K) 

=  -92.38  kj  +  59.1  kj  =  -3.1.3  k] 

At  T  =  500  +  273  =  773  K  we  have 

AG   =  -92.38  kj  -  (773  K) 

=  -92.38  kj  +  153  k|  = 

K  A  1000  J hi  kj 

Notice  that  we  have  been  careful  to  convert  -TAS  into  units  of  kj  so  that  it  can  be 
added  to  A//  ,  which  has  units  of  kj. 

Comment:  Increasing  the  temperature  from  2L>S  K  to  773  K  changes  AG  from 
-33.3  kj  to  +61  kj.  Of  course,  the  result  at  773  K  depends  on  the  assumption  that 
AH"  and  AS  do  not  change  with  temperature.  In  fact,  these  values  do  change  slight- 

ly with  temperature.  Nevertheless,  the  result  at  773  K  should  be  a  reasonable  approx- 
imation. The  positive  increase  in  AC  with  increasing  T  agrees  with  our  prediction  in 

part  (a)  of  this  exercise.  Our  result  indicates  that  a  mixture  of  N2(g),  H:(,'s'),  and 
NH3(g),  each  present  at  a  partial  pressure  of  I  atm,  will  react  spontaneousl)  .it  2C'S  K 
to  form  more  NH^1).  In  contrast,  at  773  K  the  positiv  e  value  of  AG  tells  us  that  the 
reverse  reaction  is  spontaneous.  Thus,  when  the  mixture  of  three  gases,  each  at  a  par- 

tial pressure  of  1  atm,  is  heated  to  773  K,  some  of  the  NH^')  spontaneously  decom- 
poses into  N2(g)  and  H2(g). 

B  PRACTICE  EXERCISE 

(a)  Using  standard  enthalpies  of  formation  and  standard  entropies  in  Appendix  C, 

calculate  AH"  and  AS   at  298  K  for  the  following  reaction:  2  S02(g)  +■  02(tf)   * 
2S03(g).  (b)  Using  the  values  obtained  in  part  (a),  estimate  AC  at  400  k. 
Ansivcrs:  (a)  AH       -  196.6  kj,  AS       -  lNM.b  J/K;  (b)  AG         120.8  kj 
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19.7  |  Free  Energy  and  the  Equilibrium  Constant 

In  Section  19.5  we  saw  a  special  relationship  between  AC  and  equilibrium:  For 

a  system  at  equilibrium,  AC  =  0.  We  have  also  seen  how  we  can  use  tabulated 
thermodynamic  data,  such  as  those  in  Appendix  C,  to  calculate  values  of  the 

standard  free-energy  change,  AC  .  In  this  final  section  of  this  chapter,  we  will 
learn  two  more  ways  in  which  we  can  use  free  energy  as  a  powerful  tool  in  our 
analysis  of  chemical  reactions.  First,  we  will  learn  how  to  use  the  value  of  AC 
to  calculate  the  value  of  AC  under  nonstandard  conditions.  Second,  we  will  see 

how  we  can  directly  relate  the  value  of  AC  for  a  reaction  to  the  value  of  the 
equilibrium  constant  for  the  reaction. 

The  set  of  standard  conditions  for  which  AC  values  pertain  are  given  in 
Table  19.3.  Most  chemical  reactions  occur  under  nonstandard  conditions.  For 

any  chemical  process  the  general  relationship  between  the  standard  free-energv 
change,  AG  ,  and  the  free-energy  change  under  any  other  conditions,  AG,  is 

given  by  the  expression 

AG  =  AG°  +  RT  In  Q  [19.21] 

In  this  equation  R  is  the  ideal-gas  constant,  8.314  J/mol-K;  T  is  the  absolute  tem- 
perature; and  Q  is  the  reaction  quotient  that  corresponds  to  the  particular  reac- 

tion mixture  of  interest.  Recall  that  the  expression  for  Q  is 

identical  to  the  equilibrium-constant  expression  except  that  the  reactants  and 
products  need  not  necessarily  be  at  equilibrium. 

Under  standard  conditions  the  concentrations  of  all  the  reactants  and  prod- 
ucts are  equal  to  I.  Thus,  under  standard  conditions  Q  =  1  and  therefore 

In  Q  =  0.  We  see  that  Equation  19.21  therefore  reduces  to  AC  =  AG"  under 
standard  conditions,  as  it  should. 

■i  SAMPLE  EXERCISE  19.9  |  Relating  AC  to  a  Phase  Change  at  Equilibrium 

As  we  saw  in  Section  11.5,  the  normal  boiling  point  is  the  temperature  at  which  a  pure  liquid  is  in  equilibrium  with  its  vapor  at  a 
pressure  of  1  atm.  (a)  Write  the  chemical  equation  that  defines  the  normal  boiling  point  of  liquid  carbon  tetrachloride,  CC14(/). 
(b)  What  is  the  value  of  AG  for  the  equilibrium  in  part  (a)?  (c)  Use  thermodynamic  data  in  Appendix  C  and  Equation  19.20  to  es- 

timate the  normal  boiling  point  of  CC14. 
Solution 

Analyze:  (a)  We  must  write  a  chemical  equation  that  describes  the  physical  equilibrium  between  liquid  and  gaseous  CC14  at  the 

normal  boiling  point,  (b)  We  must  determine  the  value  of  AG°  for  CC14  in  equilibrium  with  its  vapor  at  the  normal  boiling  point. 
(c)  We  must  estimate  the  normal  boiling  point  of  CC14,  based  on  available  thermodvnamic  data. 
Plan:  (a)  The  chemical  equation  will  merely  show  the  change  of  state  of  CC14  from  liquid  to  solid,  (b)  We  need  to  analyze  Equa- 

tion 1^.21  at  equilibrium  (  AG  =  0).  (c)  We  can  use  Equation  19.20  to  calculate  T  when  AG  =  0. 

Solve:  (a)  The  normal  boiling  point 
of  CCI4  is  the  temperature  at  which 
pure  liquid  CC14  is  in  equilibrium 
with  its  vapor  at  a  pressure  of  1  atm:  CC14(/)  ■       CCI4  (g,  1  atm) 

(b)  At  equilibrium  AG  =  0.  In  any  normal  boiling-point  equilibrium  both  the  liquid  and  the  vapor  are  in  their  standard  states 
(Table  19.2).  As  a  consequence,  Q  =  1,  In  Q  =  0,  and  AG  =  AG°  for  this  process.  Thus,  we  conclude  that  AG0  =  0  for  the  equilib- 

rium involved  in  the  normal  boiling  point  of  any  liquid.  We  would  also  find  that  AG:  =  0  for  the  equilibria  relevant  to  normal 
melting  points  and  normal  sublimation  points  of  solids. 

(c)  Combining  Equation  19.20  with 
the  result  from  part  (b),  we  see  that 
the  equality  at  (he  normal  boiling 

point,  '!),,  of  C  C  I  j( / )  or  any  other 
pure  liquid  is  ^   =  AH0  -  T,,AS°  =  0 

Solving  the  equation   tor  T/,,  we 

obtain  Tb  =  AH°/AS' 
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Strictly  spooking,  we  would  need 
the  \alucs  of  A//  and  AS  for  the 
equilibrium  between  CC1|(/)  and 
CCI.j(x)  at  the  normal  boiling  point 
to  do  this  calculation.  However,  we 
can  estimate  the  boiling  point  bv 
using  the  values  of  A/ /  and  AS  for 
CC14  at  29K  K,  which  we  can  obtain 
from  the  data  in  Appendix  C  and 
Equations  5.31  and  19.8: 

Ml  (I  mol)(- 106.7  kj  mol)  -  (1  mol)(  -  134.3  kj/mol)  =  +32.6  kj 

AS   =  (1  mol)(3(R4  J  mol-K)  -  (1  mol)(2l4.4  I  mol-K)  =  +95.01  K 

Notice  that,  as  expected,  the  process 
is  endothermic  (Af7  •  0)  and  pro- 

duces a  gas  in  which  energy  can  be 
more  spread  out  (AS  0).  We  can 
now  use  these  values  to  estimate  7, 
for  CC14(/): 

A// 

AS 

32.6  k| 
95.0  J/K 

1000. 

I  k| 
=  343  K  =  70  C 

Note  also  that  we  have  used  the  1  on\  ersion  lac.  tor  between  |  and  kj  to  make  sure  that  the  units  ot  111   and  AS  match. 
Check:  The  experimental  normal  boiling  point  of  CCl.j(/)  is  7b. ^  C.  The  small  deviation  of  our  estimate  from  the  experimental 
value  is  due  to  the  assumption  that  A//  and  AS  do  not  change  with  temperature. 

Hi  PRACTICE  EXERCISE 

Use  data  in  Appendix  C  to  estimate  the  normal  boiling  point,  in  K,  for  elemental  bromine,  bn(/).  (  The  experimental  value  is  giv  en 
in  Table  11.3.) 
Answer:  330  K 

When  the  concentrations  of  reactants  and  products  are  nonstandard,  we 

must  calculate  the  value  of  Q  in  order  to  determine  the  value  of  AC.  We  illus- 

trate how  this  is  done  in  Sample  Exercise  lc'.l().  At  this  stage  in  our  discussion, 
it  becomes  important  to  note  the  units  associated  with  Q  in  Equation  IS».21 .  1  he 
convention  used  for  standard  states  imposes  itself  into  the  way  Q  is  expressed: 

In  Equation  19.21  the  concentrations  of  gases  are  always  expressed  by  their  par- 
tial pressures  in  atmospheres  and  solutes  are  expressed  by  their  concentrations 

in  molarity. 

Wm  SAMPLE  EXERCISE  19.10  |  Calculating  the  Free-Energy  Change  Under 
Nonstandard  Conditions 

We  will  continue  to  explore  the  Haber  process  for  the  synthesis  of  ammonia: 

N2(g)  +  3H;(x)  2NEh(x) 

Calculate  AG  at  298  K  for  a  reaction  mixture  that  consists  of  1.0  atm  \:,  3.0  atm  I  [2, 
and  0.50  atm  NH^ 

Solution 

Analyze:  We  are  asked  to  calculate  AC  under  nonstandard  conditions. 

Plan:  We  can  use  Equation  1L'.21  to  calculate  AG.  Doing  so  requires  that  we  cak  ulate 
the  value  of  the  reaction  quotient  Q  for  the  specified  partial  pressures  of  the  gases 

and  evaluate  AG0,  using  a  table  of  standard  free  energies  of  formation. 
Solve:  Solving  for  the  reaction  quotient  gives: 

Pnh.,2  (0.50)2 

9.3  x  10  ̂ PN,PH/      ( 1.0)  (3.0V 

In  Sample  Exercise  19.8  we  calculated  AC  -33.3  kj  for  this  reaction.  We  will  have 
to  change  the  units  of  this  quantity  in  applying  Equation  19.21 ,  however.  In  order  for 
the  units  in  Equation  19.21  to  work  out,  we  will  use  k|  mol  as  our  units  tor  At.  , 
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where  "per  mole"  means  "per  mole  of  the  reaction  as  written."  Thus, 
AG0     —33.3  kj  mol  implies  per  1  mol  of  N2,  per  3  mol  of  H2,andper2molof  NH3. 

We  can  now  use  Equation  19.21  to  calculate  AG  for  these  nonstandard 
conditions: 

AG  =  AC   +  RT  In  Q 

=  (-33.3  kj/mol)  +  (8.314  J/mol-K)(298  K)(l  k|/1000  J)  ln(9.3  x  10  3) 

=  (-33.3  kj/mol)  +  (-1 1.6  kj/mol)  =  -44.9  kj/mol 

Comment:  We  see  that  AG  becomes  more  negative,  changing  from  -33.3  kj/mol  to 
-44.9  kj/mol,  as  the  pressures  of  N2,  H2,  and  Nhh  are  changed  from  1.0  atm  each 
(standard  conditions,  AG°)  to  1.0  atm,  3.0  atm,  and  0.50  atm,  respectively.  The  larger 
negativ  e  value  for  AG  indicates  a  larger  "driving  force"  to  produce  NHv 

We  would  have  made  the  same  prediction  on  the  basis  of  Le  Chatelier's 
principle.  Relative  to  standard  conditions,  we  have  increased  the 
pressure  of  a  reactant  (H2)  and  decreased  the  pressure  of  the  product  (\H;).  I.e 

Chatelier's  principle  predicts  that  both  of  these  changes  should  shift  the  reaction 
more  to  the  product  side,  thereby  forming  more  NH^. 

Hi  PRACTICE  EXERCISE 

Calculate  AG  at  298  K  for  the  reaction  of  nitrogen  and  hydrogen  to  form  ammonia  if 
the  reaction  mixture  consists  of  0.50  atm  N2,  0.75  atm  H2,  and  2.0  atm  NHv 
Answer:  —26.0  kj/mol 

ACTIVITY 
Free  Energy  and  Chemical  Equilibrium 

TABLE  19.5  Relationship  Between 
AG"  and  K  at  298  K 

AG°,  kj/mol 

+  200 

MOO +  50 

+  10 
+  1.0 
0 

I  11 

-10 

50 

100 

200 

9.1  x  10  36 

3.0  X  10  18 

1.7  x  10"' 1.8  x  10  : 
6.7  x  10  1 1.0 1.5 

5.6  <  L01 
5.8  x  LO8 

3.3  x  LO17 
1.1  x  1035 

We  can  now  use  Equation  19.21  to  derive  the  relationship  between  AG0  and 
the  equilibrium  constant,  K.  At  equilibrium  AG  =  0.  Further,  recall  that  the  re- 

action quotient,  Q,  equals  the  equilibrium  constant,  K,  when  the  system  is  at 
equilibrium.  Thus,  at  equilibrium,  Equation  19.21  transforms  as  follows: 

AG  =  AG°  +  RT  In  Q 

0  =  AG0  +  RT  In  K 

AG°  =  -RT  In  K [19.22] 

Equation  19.22  also  allows  us  to  calculate  the  value  of  K  if  we  know  the  value  of 

AG°.  If  we  solve  the  equation  for  K,  we  obtain 
-AC  R7 

[19.23] 

As  we  pointed  out  in  discussing  Equation  19.21,  some  care  is  necessary  in 

the  choice  of  units.  Thus,  in  Equations  19.22  and  19.23  we  again  express  AG°  in 
kj/mol.  For  the  reactants  and  products  in  the  equilibrium-constant  expression, 
we  use  the  following  conventions:  Gas  pressures  are  given  in  atm;  solution  con- 

centrations are  given  in  moles  per  liter  (molarity);  and  solids,  liquids,  and  sol- 
vents do  not  appear  in  the  expression.  1  Thus,  for  gas-phase 

reactions  the  equilibrium  constant  is  Kp,  whereas  for  reactions  in  solution  it  is Kc. 

From  Equation  19.22  we  can  see  that  if  AG0  is  negative,  then  In  K  must  be 
positive.  A  positive  value  for  In  K  means  K  >  1.  Therefore,  the  more  negative 

AG°  is,  the  larger  the  equilibrium  constant,  K.  Conversely,  if  AG°  is  positive, 
then  In  K  is  negative,  which  means  that  K  <  1.  Table  19.5  summarizes 

these  conclusions  by  comparing  AG0  and  K  for  both  positive  and  negative 

values  of  AC". 



19.7         Free  Energy  and  the  Equilibrium  Constant  833 

1      CHKMISTRY  AND  LIFE  I  Driving Nonspontaneous  Reactions 

Many  desirable  chemical  reactions,  including  a  large  num- 
ber thai  are  central  to  living  systems,  are  nonsponta- 

neous as  written.  For  example,  consider  the  extraction  ot 
copper  metal  from  the  mineral  <  halcot  ite,  which  contains  Cu2S. 
The  decomposition  of  Cu2S  to  its  elements  is  nonspontaneous: 

Cu2S(s)   *  2Cu(s)  +  S(s)       AC  f-86.2kj 

Because  AC"  is  very  positive,  we  cannot  obtain  Cu(s)  directly 
via  this  reaction.  Instead,  we  must  find  some  way  to  "do 
work"  on  the  reaction  in  order  to  force  it  to  oc<  ur  as  we  w  ish 
We  can  do  this  by  coupling  the  reaction  to  another  one  so  that 
the  overall  reaction  is  spontaneous.  For  example,  we  can  envi- 

sion theS(s)  reacting  with  02(g)  to  form  S02(tf): 

S(s)  +  02(g)   ►  S02(g)       AC         300.4  kj 

By  coupling  these  reactions  together,  we  tan  extract  much  ol 
the  copper  metal  via  a  spontaneous  rea<  tion: 

Cu2S(s)  t  02(g)          2Cu(s)  I-  S02(g) 
AC   =  (+86.2  kj)  I  (   300.4  kj)       214.2  k| 

In  essence,  we  have  used  the  spontaneous  reaction  of  S(s)  with 
02(g)  to  provide  the  tree  energy  needed  to  extrac  t  the  copper 
metal  from  the  mineral 

Biological  systems  employ  the  same  principle  ol  using 
spontaneous  reactions  to  drive  nonspontaneous  ones.  Many 
of  the  biochemical  reactions  that  are  essential  for  the  forma- 

tion and  maintenance  of  highly  ordered  biological  structures 
are  not  spontaneous.  These  necessary  reactions  are  made  to 

occur  by  coupling  them  with  spontaneous  reactions  that  re- 
lease energy.  I  he  metabolism  ol  food  is  the  usual  source  ot  the 

free  energv  needed  to  do  the  work  ot  maintaining  biological 

systems.  For  example,  complete  oxidation  ol  the  sugar  glucose, 
C„H  ]]0(„  to  CO:  and  1 1  >0  v  ields  substantial  tree  energ\ : 

C6H120„(s)  t  602(£)   ►  6C02(£)  f  6H20(/) 
AC       -2880  k| 

this  energy  can  be  used  to  dri\  e  nonspontaneous  reactions  in 
the  body.  However,  a  means  is  necessary  to  transport  the  ener- 

gy released  by  glucose  metabolism  to  the  reactions  that  re- 
quire energy.  One  way,  shown  in  Figure  IT  19  ▼,  in\  oh  es  the 

interconversion  ol  adenosine  triphosphate  (ATP)  and  adeno- 
sine' diphosphate  (.ADD,  molecules  that  are  related  to  the 

building  blocks  ol  nucleic  acids.  1  he  conversion  ot  ATP  to 
ADP  releases  free  energy  (Ac;  30.5  kj)  that  t  an  be  used  to 
dri\  e  other  reac  lions 

In  the  human  bod\  the  metabolism  ol  glucose  occurs  via 

a  complex  series  of  reactions,  most  ot  whu  h  release  tree  ener- 
gy. I  he  tree  energy  released  during  these  steps  is  used  in  part 

to  reconvert  lower-energy  ADP  back  to  higher-energv  All' 
I  hus,  thi'  ATP-ADP  interconversions  are  used  to  store  energy 
during  metabolism  and  to  release  it  as  needed  to  drive  non- 
spontaneous  reactions  in  the  body.  It  you  take  a  course  in  bio- 

chemistry, you  w  ill  hav  e  the  opportunity  to  learn  more  about 
the  remarkable  sequence  ot  reactions  used  to  transport  tree 
energy  throughout  the  human  bod  v. 
Related  Exercises:  19.92  and  19.93 

Glucose 
<CbH12Oh) 

Glucose  oxidation 

High 
free  energy 

Cell  constituents 

Cellular  development 

J 

Free  energy  released 
by  oxidation  of 
glucose  converts 
ADP  to  ATP 

CO,  +  H.O Low free  energy 

Free  energy  releajatxl 
by  A  IT  converts 

simple  molecules  to 
more  complex  ones 

Simpler  molecules 

▲  Figure  19.19   Free  energy  and  cell  metabolism.  This  schematic  representation  shows  part  of  the  free-energy  changes  that  occur  in  cell 
metabolism.  The  cxidation  of  glucose  to  C02  and  H?0  produces  free  energy  that  is  then  used  to  convert  ADP  into  the  more  energetic  ATP.  The  ATP  is 
then  used,  as  needed,  as  an  energy  source  to  convert  simple  molecules  into  more  complex  cell  constituents.  When  it  releases  its  stored  free  energy, 
ATP  is  converted  back  into  ADP. 
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Ml, 

Hi  SAMPLE  EXERCISE  19.11  |  Calculating  an  Equilibrium  Constant  from  AC 

Use  standard  free  energies  of  formation  to  calculate  the  equilibrium  constant,  K,  at  25°C  for  the  reaction  involved  in  the  Haber 
process: 

N2(X)  +  3H2(g)  =  2NH3(g) 

The  standard  free-energv  change  for-this  reaction  was  calculated  in  Sample  Exercise  19.8:  AC  -33.3  kj/mol  =  -33,300  J/mol. 

Solution 

Analyze:  We  are  asked  to  calculate  K  for  a  reaction,  given  AC  . 

Plan:  We  can  use  Equation  19.23  to 
evaluate  the  equilibrium  constant,  % 

which  in  this  case  takes  the  form  ^N-i^ih  ' 
In  this  expression  the  gas  pressures 
are  expressed  in  atmospheres.  (Re- 

member that  we  use  kj/mol  as  the 

units  of  AG°  when  using  Equations 
19.21,  19.22,  or  19.23). 

Solve:  Solving  Equation  19.22  for  -AC  -(-33,300  J/mol) 

the  exponent  -AG  /RT,  we  have  =  (8.314  J/mol-K)(298  K)  =  13,4 
We  insert  this  value  into  Equation 

19.23  to  obtain  K:  K  =  c~AC  "RT  =  eUA  =  7  X  10s 

Comment:  This  is  a  large  equilibrium  constant,  which  indicates  that  the  product,  NH3,  is  greatly  favored  in  the  equilibrium  mix- 
ture at  25  C.  The  equilibrium  constants  for  temperatures  in  the  range  of  300°C  to  600°C,  given  in  Table  15.2,  are  much  smaller  than 

the  value  at  25°C.  Clearly,  a  low-temperature  equilibrium  favors  the  production  of  ammonia  more  than  a  high-temperature  one. 
Nevertheless,  the  Haber  process  is  carried  out  at  high  temperatures  because  the  reaction  is  extremely  slow  at  room  temperature. 
Remember:  Thermodynamics  can  tell  us  the  direction  and  extent  of  a  reaction,  but  tells  us  nothing  about  the  rate  at  which  it  will 
occur.  If  a  catalyst  were  found  that  would  permit  the  reaction  to  proceed  at  a  rapid  rate  at  room  temperature,  high  pressures 
would  not  be  needed  to  force  the  equilibrium  toward  NH3. 

Wm  PRACTICE  EXERCISE 

Use  data  from  Appendix  C  to  calculate  the  standard  free-energy  change,  AG0,  and  the  equilibrium  constant,  K,  at  298  K  for  the  re- 
action H2(g)  +  Br2(/)         2  HBr(e). 

Answer:' AG°  =  -106.4 kj/mol,  K  =  5  x  1018 

ME  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

Consider  the  simple  salts  NaCl(s)  and  AgCl(s).  We  will  examine  the  equilibria  in 
which  these  salts  dissolve  in  water  to  form  aqueous  solutions  of  ions: 

NaCl(s)  Na+(aq)  +  Cr(aq) 

AgCl(s)  =  Ag'(aq)  +  OT(aq) 

(a)  Calculate  the  value  of  AG°  at  298  K  for  each  of  the  preceding  reactions,  (b)  The 
two  values  from  part  (a)  are  very  different.  Is  this  difference  primarily  due  to  the  en- 

thalpy term  or  the  entropy  term  of  the  standard  free-energy  change?  (c)  Use  the  val- 
ues of  AC°  to  calculate  the  Ks„  values  for  the  two  salts  at  298  K.  (d)  Sodium  chloride 

is  considered  a  soluble  salt,  whereas  silver  chloride  is  considered  insoluble.  Are  these 

descriptions  consistent  with  the  answers  to  part  (c)?  (e)  How  will  AG°  for  the  solu- 
tion process  of  these  salts  change  with  increasing  T?  What  effect  should  this  change 

have  on  the  solubility  of  the  salts? 

Solution  (a)  We  will  use  Equation  19.13  along  with  AG°  values  from  Appendix  C  to 
calculate  the  AG°,|n  values  for  each  equilibrium.  (As  we  did  in  Section  13.1,  we  use 
the  subscript  "soln"  to  indicate  that  these  are  thermodynamic  quantities  for  the  for- mation of  a  solution.)  We  find 

AG°0in(NaCl)  =  (-261.9  kj/mol)  +  (-131.2  kj/mol)  -  (-384.0  kj/mol) 
9.1  kj/mol 

AG°oln(AgCl)  =  (  +  77.11  kj/mol)  +  (-131.2  kj/mol)  -  (-109.70  kj/mol) =  +55.6  kj/mol 
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(b)  VVc  can  write  AG^,|n  as  the  sum  of  an  enthalpy  term,  Af/Sl,|n,  and  an  entropy 

term,  -TAS^(,|n:  AG°0in  =  AH,;,),,  +  (-TAS^).  We  can  calculate  the  values  of 
AH°0i„  and  AS°„|n  by  using  Equations  5.31  and  19.8.  We  can  then  calculate  -7  ASM,|„ 
at  T  =  29K  K.  All  these  calculations  are  now  familiar  to  us.  The  results  are  summa- 

rized in  the  following  table: 

Salt 
AHsoin 

ASsoin 
-  TASso[n 

NaCI +  3.6  kj  mol f43.2  1  mol-K 12.9  kj  mol 

AgCl +  65.7  kj/mol +34.3J/mol-K 10.2  kj  mol 

The  entropy  terms  for  the  solution  of  the  two  salts  are  very  similar.  That  seems  sensi- 
ble because  each  solution  process  should  lead  to  a  similar  increase  in  randomness  .is 

the  salt  dissolves,  forming  hydrated  ions.  In  contrast,  we  see  a 
very  large  difference  in  the  enthalpy  term  for  the  solution  of  the  two  salts.  The  differ- 

ence in  the  values  ol  AG°()in  is  dominated  by  the  difference  in  the  values  of  AHS0|n. 
(c)  The  solubility  product,  K  is  the  equilibrium  constant  for  the  solution 

process.  As  sucn,  we  can  relate  Ks(,  directly  to  AG°„|n  by  using 
Equation  14.23: 

Ksp  =  e  *5W*t We  can  calculate  the  Ks„  values  in  the  same  way  we  applied  Equation  19.23  in  Sample 
Exercise  19.13.  We  use  the  A(  ..„,|M  values  we  obtained  in  part  (a ),  remembering  to  con- 

vert them  from  to  J/mol: 

NaCI:    Ksp  =  [Na+(aq))[C\  (aq)]  =  e  '  w°0)/[(8.3i4)(»8)  =  e+3.7  =  4() 

AgCl:    Ksp  =  [Ag+H)][Cl  (aq))  =  e  <'"^m>  (8.3i4)(Z«j  =  e  224  =  ig  .  yQ  to 

The  value  calculated  for  the  Ks„  of  AgCl  is  very  close  to  that  listed  in  Appendix  D. 
(d)  A  soluble  salt  is  one  that  dissolves  appreciably  in  water. 

The  KSp  value  for  NaCI  is  greater  than  1,  indicating  that  NaCI  dissolves  to  a  great  ex- 
tent. The  K._r  value  tor  AgCl  is  very  small,  indicating  that  very  little  dissolves  in 

water.  Silver  chloride  should  indeed  be  considered  an  insoluble  salt. 

(e)  As  we  expect,  the  solution  process  has  a  positive  value  of  As  for  both  salts 
(see  the  table  in  part  b).  As  such,  the  entropy  term  of  the  free-energy  change, 
-TASs0in/  is  negativ  e.  If  we  assume  that  AH°0|n  and  AS°0|n  do  not  change  much  with 
temperature,  then  an  increase  in  Twill  serve  to  make  ACsn|„  more  negative  Thus,  the 
driving  force  for  dissolution  of  the  salts  will  increase  with  increasing  T,  and  we  there- 

fore expect  the  solubility  of  the  salts  to  increase  with  increasing  T.  In  Figure  13. 1 7  we 
see  that  the  solubility  of  NaCI  (and  that  of  nearly  any  salt)  increases  with  increasing 
temperature. 

SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  19.1  In  this  chapter  we  ex- 
amined some  of  the  aspects  of  chemical  thermodynamics, 

the  area  of  chemistry  that  explores  energy  relationships. 
Most  reactions  and  chemical  processes  hav  e  an  inherent 
directionality:  They  are  spontaneous  in  one  direction  and 
nonspontaneous  in  the  reverse  direction.  The  spontaneity 

of  a  process  is  related  to  the  thermodynamic  path  the  sys- 
tem takes  from  the  initial  state  to  the  final  state.  In  a 

reversible  process,  both  the  system  and  its  surroundings 
can  be  restored  to  their  original  state  by  exactly  reversing 

the  change.  In  an  irreversible  process  the  system  can't  re- 
turn to  its  original  state  without  there  being  a  change  in 

the  surroundings.  Any  spontaneous  process  is  irre- 

versible. A  process  that  occurs  at  a  constant  temperature 
is  said  to  be  isothermal. 

Section  19.2  The  spontaneous  nature  of  pro<  esses  is  re- 
lated to  a  thermodynamic  state  function  called  entropy, 

denoted  S.  For  a  process  that  occurs  at  constant  tempera- 
ture, the  entropy  change  of  the  system  is  given  by  the 

heat  absorbed  by  the  system  along  a  rev  ersible  path,  di- 
vided by  the  temperature:  AS  =  t/vev/T.  (Tie  way  entropy 

controls  the  spontaneity  of  processes  is  given  by  the 
second  law  of  thermodynamics,  which  governs  the 
change  in  the  entropy  of  the  universe,  AN,,nu 

ASSVS  f  ASsurr.  The  second  law  states  that  in  a  reversible 
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process  ASumv  =  0;  in  an  irreversible  (spontaneous) 
process  ASun;v  >  0.  Entropy  values  are  usually  expressed 
in  units  of  joules  per  kelvin,  J/K. 

Section  19.3  Molecules  can  undergo  three  kinds  of  mo- 
tion: In  translational  motion  the  entire  molecule  mine-- 

in  space.  Molecules  can  also  undergo  vibrational  motion, 
in  which  the  atoms  of  the  molecule  move  toward  and 

away  from  one  another  in  periodic  fashion,  and 
rotational  motion,  in  which  the  entire  molecule  spins  like 
a  top.  A  particular  combination  of  motions  and  locations 

of  the  atoms  and  molecules  of  a  system  at  a  particular  in- 
stant is  called  a  microstate.  Entropy  is  a  measure  of  how 

many  microstates  are  associated  with  a  particular  macro- 
scopic state.  If  the  total  number  of  accessible  microstates 

is  W,  the  entropy  is  given  by  S  =  k  In  W.  The  number  of 
available  microstates,  and  therefore  the  entropy,  increases 
with  an  increase  in  volume,  temperature,  or  motion  of 
molecules,  because  am  of  these  changes  increases  the 

possible  motions  and  locations  of  the  molecules.  As  a  re- 

sult, entropy  generally  increases  when  liquids  or  solu- 
tions are  formed  from  solids,  gases  are  formed  from 

either  solids  or  liquids,  or  the  number  of  molecules  of  gas 
increases  during  a  chemical  reaction.  The  third  law  of 

thermodynamics  states  that  the  entropy  of  a  pure  crys- 
talline solid  at  0  K  is  zero. 

Section  19.4  The  third  law  allows  us  to  assign  entropy 
values  for  substances  at  different  temperatures.  Under 
standard  conditions  the  entropy  of  a  mole  of  a  substance 

is  called  its  standard  molar  entropy,  denoted  S°.  From 
tabulated  values  of  S°,  we  can  calculate  the  entropy 
change  for  anv  process  under  standard  conditions.  For  an 

isothermal  process,  the  entropv  change  in  the  surround- 

ings is  equal  to  -  AH  7. 

Section  19.5  The  Gibbs  free  energy  (or  just  free  en- 

ergy), C,  is  a  thermodynamic  state  function  that  com- 
bines the  two  state  functions  enthalpy  and  entropy: 

G  =  H  -  TS.  For  processes  that  occur  at  constant  tem- 

perature, AG  =  AH  -  TAS.  For  a  process  or  reaction  oc- 
curring at  constant  temperature  and  pressure,  the  sign  of 

AG  relates  to  the  spontaneity  of  the  process.  When  AG  is 

negative,  the  process  is  .spontaneous.  When  AG  is  posi- 
tive, the  process  is  nonspontaneous;  the  reverse  process  is 

spontaneous.  At  equilibrium  the  process  is  reversible  and 

AG  is  zero.  The  free  energy  is  also  a  measure  of  the  maxi- 
mum useful  work  that  can  be  performed  by  a  system  in  a 

spontaneous  process.  The  standard  free-energy  change, 

AG0,  for  any  process  can  be  calculated  from  tabulations 
of  standard  free  energies  of  formation,  AG  ,  ,  which  are 
defined  in  a  fashion  analogous  to  standard  enthalpies  of 
formation,  AH;  .  The  value  of  AG;  for  a  pure  element  in 
its  standard  state  is  defined  to  be  zero. 

Sections  19.6  and  19.7  The  values  of  AH  and  As  gen- 

erally do  not  vary  much  with  temperature.  As  a  conse- 
quence, the  dependence  of  AC  with  temperature  is 

governed  mainly  by  the  value  of  T  in  the  expression 

AG  =  AH  -  TAS.  The  entropy  term  -TAS  has  the 
greater  effect  on  the  temperature  dependence  of  AC  and, 
hence,  on  the  spontaneity  of  the  process.  For  example,  a 

process  for  which  AH  >  0  and  AS  >  0,  such  as  the  melt- 

ing of  ice,  can  be  nonspontaneous  (AG  >  0)  at  low  tem- 
peratures and  spontaneous  (AG  <  0)  at  higher 

temperatures.  Under  nonstandard  conditions  AG  is  relat- 
ed to  AG:  and  the  value  of  the  reaction  quotient,  Q: 

AG  =  AG:  +  RT  In  Q.  At  equilibrium  (AG  =  0,  Q  =  K), 
AG0  =  —RT  In  K.  Thus,  the  standard  free-energy  change 

is  directly  related  to  the  equilibrium  constant  for  the  reac- 
tion. This  relationship  can  be  used  to  explain  the  temper- 
ature dependence  of  equilibrium  constants. 

VISUALIZING  CONCEPTS 

19.1  Two  different  gases  occupy  two  separate  bulbs.  Consid- 
er the  process  that  occurs  when  the  stopcock  separating 

the  gases  is  opened,  assuming  the  gases  behave  ideally, 
(a)  Draw  the  final  (equilibrium)  state,  (b)  Predict  the 
signs  of  A//  and  AS  for  the  process,  (c)  Is  the  process 
that  occurs  when  the  stopcock  is  opened  a  reversible 
one?  (d)  I  low  does  the  process  affect  the  entropy  of  the 

surroundings?  [Sections  1CU  and  19.2] 

19.2  (a)  What  are  the  signs  of  AS,  AH,  and  AG  for  the 
process  depicted  below?  (b)  If  energy  can  flow  in  and 
out  of  the  system,  what  can  you  say  about  the  entropy 
change  of  the  surroundings  as  a  result  of  this  process? 
[Sections  19.2  and  19.5] 
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19.3  Predict  the  sign  of  AS  accompanying  this  reaction.  Ex- 
plain vour  choice.  [Section  19.3] 

•   •  • 

19.4  The  diagram  below  shows  how  A//  (red  line)  and  /  AS 
(blue  line)  change  with  temperature  for  a  hypothetical 
reaction,  (a)  What  is  the  significance  of  the  point  at  300 

K,  where  A//  and  7  AS  are  equal1  (b)  In  w  hat  tempera- 
ture range  is  this  reaction  spontaneous?  [Section  19.6] 

IS-  k 

300  K 

I  emperature 

19.5  Consider  a  reaction  A2Q?)  +  B2(#)  ̂   2  AB(#),  with 
atoms  of  A  shown  in  red  here  and  atoms  ol  B  show  n  in 

blue,  (a)  It  box  I  represents  an  equilibrium  mixture, 
what  is  the  sign  of  AC  for  the  process  in  which  the  con- 

tents ot  a  reaction  vessel  change  from  what  is  shown  in 
box  2  to  w  hat  is  show  n  in  box  1?  (b)  Rank  the  boxes  m 

order  of  increasing  magnitude  of  AC  for  the  reaction 
[Sections  [9.5  and  19.7] 

(1) 

(2) 

(3) 
19.6  The  diagram  below  shows  how   the  tree  energy,  C, 

changes  during  a  hypothetical  reaction  A(g)  +  B(#)   ► 
AB(#).  On  tin.'  left  are  (Hire  reactants,  each  at  I  atm,  and 
on  the  right  is  the  pure  product,  also  at  1  atm.  (a)  What 
is  the  significance  ol  the  minimum  in  the  plot?  (b)  \\  hat 

does  the  quantity  v,  show  n  on  the  right  side  of  the  dia- 
gram, represent?  [Section  19.7] 

Progress  ol  reaction 

EXERCISES 

Spontaneous  Processes 

19.7  Which  ot  the  following  processes  are  spontaneous,  and 
which  are  nonspontaneous:  (a)  the  melting  of  ice  cubes 

at  — 5°C  and  I  atm  pressure,  (b)  dissolution  of  sugar  in  a 
cup  of  hot  coffee,  (c)  the  reaction  of  nitrogen  atoms  to 
form  Ni  molecules  at  23  C  and  1  atm,  (d)  alignment  of 
iron  filings  in  a  magnetic  field,  (e)  formation  of  CI  C  and 
Ot  molecules  from  C02  and  ICO  at  room  temperature 
and  1  atm  of  pressure? 

19.8  Which  of  the  following  processes  are  spontaneous: 
(a)  spreading  of  the  fragrance  ot  perfume  through  a 
room;  (b)  separating  a  mixture  of  N2  and  02  into  two 
separate  samples,  one  that  is  pure  N2  and  one  that  is 
pure  02;  (c)  the  bursting  of  an  inflated  balloon;  (d)  the 
reaction  of  sodium  metal  w  ith  chlorine  gas  to  form  sodi- 

um chloride;  (e)  the  dissolution  of  HCI(\')  in  water  to 
form  concentrated  hydrochloric  acid? 

19.9  (a)  Give  two  examples  of  endothermic  processes  that  are 
spontaneous,  (b)  Give  an  example  of  a  process  that  is 
spontaneous  at  one  temperature  but  nonspontaneous  at 
a  different  temperature 

19.10  A  nineteenth-eenturv  chemist,  Marcellin  Berthelot,  sug- 
gested that  all  chemical  processes  that  proceed  sponta- 

neously are  exothermic.  Offer  some  counterexamples 

that  show  that  Berthelot's  idea  was  too  general. 

19.11  Consider  the  vaporization  ol  liquid  w  ater  to  steam  at  a 
pressure  ol  I  atm.  (a)  Is  this  process  endothermic  or 
exothermic?  (b)  In  what  temperature  range  is  it  a  spon- 

taneous process?  (c)  In  wh.it  temperature  range  is  it  a 
nonspontaneous  process?  (d)  At  what  temperature  are 
the  two  phases  in  equilibrium? 

19.12  The  normal  freezing  point  ol  l-propanol  (C  ;llsO)  is 
-127  C.  (a)  Is  the  freezing  ol  l-propanol  an  endother- 

mic or  exothermic  process?  (b)  In  w  hat  temperature 

range  is  the  freezing  ol  l-propanol  ,1  spontaneous 
process?  (c)  In  what  temperature  range  is  it  a  nonspon- 

taneous process?  (d)  Is  there  any  temperature  at  which 
liquid  and  solid  l-propanol  are  in  equilibrium?  Explain. 

19.13  (a)  What  is  spec  ial  about  a  reversible  process?  (b)  Sup- 
pose a  reversible  process  is  reversed,  restoring  the  sys- 
tem to  its  original  state.  What  can  he  said  about  the 

surroundings  alter  the  process  is  reversed?  (c)  Under 
what  circumstances  will  the  \  a  pori/a  I  ion  of  water  to 

steam  be  a  reversible  process1 
19.14  (a)  What  is  meant  by  calling  a  process  irreversible? 

(b)  After  an  irre\  ersible  process  the  system  is  restored  to 
its  original  state.  What  can  be  said  about  the  condition 
of  the  surroundings  after  the  system  is  restored  to  its 
original  state1  (c)  Under  w  hat  conditions  will  the  con- 

densation ol  a  liquid  bean  irreversible  process? 
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19.15  Consider  a  process  in  which  an  ideal  gas  changes  from 
state  1  to  state  2  in  such  a  way  that  its  temperature 
changes  from  300  K  to  200  K.  Does  the  change  in  AE  de- 

pend on  the  particular  pathway  taken  to  carry  out  this 
change  of  state?  Explain. 

19.16  A  system  goes  from  state  1  to  state  2  and  back  to  state  1 
(a)  What  is  the  relationship  between  the  value  of  A/  for 
going  from  state  1  to  state  2  to  that  for  going  from  state  2 

back  to  state  1 7  (b)  Without  further  information,  can  you 
conclude  anything  about  the  amount  of  heat  transferred 
to  the  system  as  it  goes  from  state  1  to  state  2  as  com- 

pared to  that  upon  going  from  state  2  back  to  state  1? 
(c)  Suppose  the  changes  in  state  are  reversible  processes. 
Can  you  conclude  anything  about  the  work  done  by  the 

Entropy  and  the  Second  Law  of  Thermodynamics 

19.19  (a)  How  can  we  calculate  AS  for  an  isothermal  process1 
(b)  Does  AS  for  a  process  depend  on  the  path  taken 
from  the  initial  to  the  final  state  of  the  system?  Explain. 

19.20  (a)  Give  an  example  of  a  process  in  which  the  entropy  of 
the  system  decreases,  (b)  What  is  the  sign  of  AS  for  the 
process?  (c)  What  is  the  significance  of  the  statement 
that  entropy  is  a  state  function? 

19.21  The  normal  boiling  point  of  methanol  (ChhOH)  is 

64.7:C,  and  its  molar  enthalpy  of  vaporization  is 
AHvap  =  71.8  kj  mol.  (a)  When  CH,OH(/)  boils  at  its 
normal  boiling  point,  does  its  entropy  increase  or  de- 

crease? (b)  Calculate  the  value  of  AS  when  1.00  mol  of 

ChhOH(/)  is  vaporized  at  h4.7:C 
19.22  The  element  cesium  (Cs)  freezes  at  28.4  C,  and  its  molar 

enthalpy  of  fusion  is  AHtus  =  2.09  kj  mol  (a)  When 
molten  cesium  solidifies  to  Cs(s)  at  its  normal  melting 
point,  is  AS  positive  or  negative?  (b)  Calculate  the  value 
of  AS  when  1 3.0  g  of  Cs(/)  solidifies  at  28.4C. 

The  Molecular  Interpretation  of  Entropy 

19.27  How  does  each  of  the  following  affect  the  number  of  mi- 
crostates  available  to  a  system:  (a)  temperature,  (b)  vol- 

ume, (c)  state  of  matter? 

19.28  (a)  Using  the  heat  of  vaporization  in  Appendix  B,  calcu- 
late the  entropy  change  for  the  vaporization  of  water  at 

25C  and  at  100CC  (b)  From  your  knowledge  of  mi- 
crostates  and  the  structure  of  liquid  water,  explain  the 
difference  in  these  two  values. 

19.24  (a)  What  do  you  expect  for  the  sign  of  AS  in  a  chemical 
reaction  in  which  two  moles  of  gaseous  reactants  are 
converted  to  three  moles  of  gaseous  products?  (b)  For 
whu  It  of  the  processes  in  Exercise  19.8  does  the  entropy 
of  the  system  increase? 

19.30  (a)  In  a  chemical  reaction  two  gases  combine  to  form  a 
solid.  What  do  you  expect  for  the  sign  of  AS?  (b)  For 

system  upon  going  from  state  1  to  state  2  as  compared  to 
that  upon  going  from  state  2  back  to  state  1  ? 

19.17  Consider  a  system  consisting  of  an  ice  cube,  (a)  Under 
what  conditions  can  the  ice  cube  melt  reversibly?  (b)  If 
the  ice  cube  melts  reversibly,  is  AE  zero  for  the  process? 

Explain. 19.18  Consider  what  happens  when  a  sample  of  the  explosive 

TNT  (see  "Chemistry  at  Work,"  Section  8.8)  is  detonat- 
ed, (a)  Is  the  detonation  a  spontaneous  process? 

(b)  What  is  the  sign  of  q  for  this  process?  (c)  Can  you  de- 
termine whether  w  is  positive,  negative,  or  zero  for  the 

process?  Explain,  (d)  Can  you  determine  the  sign  of  Ar 
for  the  process?  Explain. 

19.23  (a)  Express  the  second  law  of  thermodynamics  in 
words,  (b)  If  the  entropy  of  the  system  increases  during 
a  reversible  process,  what  can  you  say  about  the  entropy 

change  of  the  surroundings?  (c)  In  a  certain  sponta- 
neous process  the  system  undergoes  an  entropy  change, 

AS  =  42  J/K.  What  can  you  conclude  about  AS„urr? 
19.24  (a)  Express  the  second  law  of  thermodynamics  as  a 

mathematical  equation,  (b)  In  a  particular  spontaneous 
process  the  entropy  of  the  system  decreases.  What  can 
you  conclude  about  the  sign  and  magnitude  of  ASsurr? 
(c)  During  a  certain  reversible  process,  the  surroundings 

undergo  an  entropy  change,  ASsurr  =  -78  J/K.  What  is 
the  entropy  change  of  the  system  for  this  process? 

19.25  The  volume  of  0.100  mol  of  helium  gas  at  27°C  is  in- 
creased isothermally  from  2.00  L  to  5.00  L.  Assuming  the 

gas  to  be  ideal,  calculate  the  entropy  change  for  the 

process. 
19.26  The  pressure  on  0.500  mol  of  neon  gas  is  increased  from 

0.900  arm  to  3.00  atm  at  100°C  Assuming  the  gas  to  be 
ideal,  calculate  AS  for  this  process. 

which  of  the  processes  m  Exercise  1L».<  does  the  entropy 
of  the  system  increase? 

19.31  How  does  the  entropy  of  the  system  change  when  (a)  a 
solid  melts,  (b)  a  gas  liquefies,  (c)  a  solid  sublimes? 

19.32  How  does  the  entropy  of  the  system  change  when 

(a)  the  temperature  of  the  system  increases,  (b)  the  vol- 
ume of  a  gas  increases,  (c)  a  solid  dissolves  in  water? 

19.33  (a)  State  the  third  law  of  thermodynamics,  (b)  Distin- 
guish between  translational  motion,  vibrational  motion, 

and  rotational  motion  of  a  molecule,  (c)  Illustrate  these 
three  kinds  of  motion  with  sketches  for  the  HC1  molecule. 

19.34  (a)  The  energy  of  a  gas  is  increased  by  heating  it.  Using 
CC>2  as  an  example,  illustrate  the  different  ways  in 
which  additional  energy  can  be  distributed  among  the 
molecules  of  the  gas.  (b)  You  are  told  that  the  number  of 
microstates  for  a  system  increases.  What  do  you  know 
about  the  entropy  of  the  system? 
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19.35  The  diagram  below  shows  the  variation  in  entropy  with 

temperature  for  a  substance  that  is  a  gas  at  the  highest 
temperature  shown,  (a)  What  processes  correspond  to 
the  entropv  increases  along  the  vertical  lines  labeled  1 
and  2  in  this  diagram?  (b)  Whj  is  the  entropv  change  for 

2  larger  than  that  for  1 1 

Temperature  (K) 

19.36  Propanol  (CdUOII)  melts  at      12b. ^  C   and  boils  at 
97A  C.  Draw  a  qualitative  sketch  ol  how  the  entropv 

changes  as  propanol  vapor  at  150  C  and  I  atm  is  cooled 
to  solid  propanol  at     150  C  and  I  atm. 

19.37  For  each  ol  the  following  pairs,  choose  the  substance 

with  the  higher  entropy  per  mole  at  a  given  tempera- 
ture: (a)  Ar(/)  or  Ar(x),  (b)  He(x>  at  3  atm  pressure  or 

HeQf)  at  1 .5  atm  pressure,  (c)  1  mol  of  Ne(£)  in  15.0  1  or 
I  mol  of  Ne(#)  in  1.50  I  ,  (d)  C02(x)  orCO:(s). 

19.38  For  each  ot  the  following  pairs,  indicate  which  sub- 
stance possesses  the  larger  standard  entropy:  (a)  1  mol 

of  P4(£)  at  300  C,  0.01  atm,  or  I  mol  of  As4(#)  at  300  C, 
0.01  atm;  (b)  I  mol  ol  1 120($)  at  100  C,  I  atm,  or  I  mol  ol 

H2O(0  at  100  C,  I  atm;  (c)  0.5  mol  of  N2(#)  at  298  K,  20-1 
volume,  or0.5  mol  c  1 1  at  298  k,  20-L volume;  (d)  100 
g  Na2S04(s)  at  30  C  or  100  g  Na2S04(rt</)  at  30  C. 

19.39  Predict  the  sign  of  the  entropy  change  of  the  system  for 
each  of  the  following  reactions: 

(a)  2S02(s)  +  Q:(x)   ►  2SO;(y) 
(b)  Ba(OH)2(s)  •  BaO(s)  l  H2OQf) 
(c)  CO(g)  +  2  FUiV)   ►  CM  (Oi  1(1) 

(d)  FeCl2(s)  +  H:('x)   »  Fe(s)  •  2  FlCl(x) 19.40  Predict  the  sign  of  A\l  s  for  each  ol  the  following  process- 
es: (a)  molten  Fe  solidities;  (b)  LiCl(s)  is  formed  from  Li(s) 

and  Cl2(#);  (c) /mc  metal  dissolves  m  hydrochloric  acid, 
forming  ZnCl2((7</)  and  H2(x);  (d)  silver  bromide  precipi- 

tates upon  mixing  AgNO-.(i/i/)  and  KBr(i?(j). 

Entropy  Changes  in  Chemical  Reactions 

19.41  In  each  of  the  following  pairs,  which  compound  would 
yon  expect  to  have  the  higher  standard  molar  entropy: 

(a)  C2H2(£)  or  C2H6(g);  (b)  C02Qj)  or  CO(#)?  Explain.  ' 19.42  Cyclopropane  and  propylene  isomers  both  have  the  for- 
mula Cdlh-  Based  on  the  molecular  struc  tures  shown, 

which  of  these  isomers  would  von  expect  to  have  the 
higher  standard  molar  entropv  at  25  C? 

H  H 
\  / 
C H  H 

/  \     H  II  \y 
\  /    \  /  \        /  \ 
C  C  C=C  H /  \  /  \ 
H  II  II  H 

Cyclopropane Propylene 

19.43  Use  Appendix  C  to  compare  the  standard  entropies  at 

25°C  for  the  following  pairs  of  substances:  (a)  Sc(s)  and 
Sc(g),  (b)  NH3(g)  and  NH3((ii/),  (c)  I  mol  P4(g)  and  2  mol 
P2(g),  (d)  C(graphite)  and  C(diamond).  In  each  case  ex- 

plain the  difference  in  the  entropv  values. 
19.44  Using  Appendix  C,  compare  the  standard  entropies  at 

25°C  for  the  following  pairs  of  substances:  (a)  CuO(s) 
and  Cu20(s);  (b)  1  mol  N204(x)  and  2  mol  N02(#); 
(c)CH3OH(g)  and  CH3OH(7);  (d)  1  mol  PbO(s)  plus  I 
mol  C02(x)  and  1  mol  PbCO^(s).  For  each  pair,  explain 
the  difference  in  the  entropv  values. 

1 19.45]  1  he  standard  entropies  at  298  K  for  certain  of  the  group  4  A 
elements  are  as  follows:  C(s,  diamond)  2.4 3  |  mol-K; 
Si(s)  =  18.81  J/mol-K;Ge(s)  31.09  J  mol-K;  and  Sn(s)  = 
51.18 J  mol-K.  All  but  Sn  have  the  diamond  structure. 
I  low  do  you  account  for  the  trend  in  the  S  values? 

119.46]  I  hive  ot  the  forms  ol  elemental  i  arbon  are  graphite,  dia- 
mond, and  buckminsterfullerene.  I  he  entropies  at  298  K 

for  graphite  and  diamond  are  listed  in  Appendix  C. 
(a)  Account  tor  the-  dilterence  in  the  S  values  ol 
graphite  and  diamond  in  light  ol  their  structures  (Figure 
11.41).  (b)  What  would  you  expect  for  the  S  value  ol 

buckminsterfullerene  (Figure  11.43)  relative  to  the  val- 

ues for  graphite  and  diamond1  Explain. 
19.47  Using  S  values  from  Appendix  C,  calculate  AS  values 

for  the  following  reactions.  In  each  case  account  lor  the 

sign  of  A  s  . 
(a)  C2H,(x)  4  H2{g)   *  C2H„0?) 
(b)  N204(£)   ►  2N02Q?) 
(c)  l?e(OM):(s)   .  BeO(s)  I  H20(x) 

(d)  2CH3OH(#)  t  3  02(g)   >2C(K(x)  •  4  H20(x) 
19.48  Calculate  AS  values  tor  the  following  reactions  bv 

using  tabulated  S  values  from  Appendix  c  .  In  each 
case  explain  the  sign  of  AS  . 

(a)  N2H4(£)  4  H2(g)   >  2  NH3(#) 
(b)  2  Al(s)  4  3CI:(x)   '  2  A1C  I  ,(s) 

(c)  Mg(OH)2(s)  4  2HCl(x)   '  MgCl2(s)  -  2  H20(/) 
(d)  2CH4(g)   >  C2H6(x)  I  H2(x) 
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Gibbs  Free  Energy 

19.49  (a)  For  a  process  that  occurs  at  constant  temperature,  ox- 
press  the  change  in  Gibbs  free  energy  in  terms  of 
changes  in  the  enthalpy  and  entrop)  of  the  system. 
(b)  For  a  certain  process  that  occurs  at  constant  T  and  P, 
the  value  of  AG  is  positive.  What  can  vou  conclude? 
(c)  What  is  the  relationship  betw  een  AG  for  a  process 
and  the  rate  at  which  it  occurs1 

19.50  (a)  What  is  the  meaning  of  the  standard  free-energv 

change,  AG°,  as  compared  with  AG?  (b)  For  any  process 
that  occurs  at  constant  temperature  and  pressure,  what 

is  the  significance  of  AG  =  0?  (c)  For  a  certain  process, 
AG  is  large  and  negative.  Does  this  mean  that  the 
process  necessarilv  occurs  rapidly? 

19.51  For  a  certain  chemical  reaction,  AH  =  -35.4  kj  and 
AS:  =  -85.5  |  k  (a)  Is  the  reaction  exothermic  or  en- 
dothermic?  (b)  Does  the  reaction  lead  to  an  increase  or 

decrease  in  the  disorder  of  the  system?  (c)  Calculate 

AG  for  the  reaction  at  298  K.  (d)  Is  the  reaction  sponta- 
neous at  298  K  under  standard  conditions? 

19.52  A  certain  reaction  has  AH       -19.5  kj  and  AS0 
4-42.7  I  k.  (a)  Is  the  reaction  exothermic  or  endother- 
mic?  (b)  Does  the  reaction  lead  to  an  increase  or  de- 

crease in  the  disorder  of  the  system?  (c)  Calculate  AG 
for  the  reaction  at  298  k.  (d)  Is  the  reaction  spontaneous 
at  298  K  under  standard  conditions? 

19.53  Using  data  in  Appendix  C,  calculate  AH:,  AS:,  and  AGC 
at  298  K  for  each  of  the  following  reactions.  In  each  case 
show  that  AG:  =  AH:  -  T\S°. 

(a)  H2ig)  +  F2(g)   >  2  H¥(g) 
(b)  C(s,  graphite)  +  2Cl2(g)   ►  CCl4(g) 
(c)  2  PC13(£)  +  02(g)   >  2  POCl3(£) 
(d)  2CH3OI%)  +  H2(g)   >  C2H6(£)  +  2  H20(^) 

19.54  Use  data  in  Appendix  C  to  calculate  AH  ,  A_v,  and  AG 

at  25°C  for  each  of  the  following  reactions.  In  each  case 

show  that  AG:  =  AH:  -  TAS.' 
(a)  Ni(s)  +  Cl2(g)   ►  NiCl2(s) 
(b)  CaC03(s,calcite)   '  CaO(s)  -  C02(g) 
(0  P4O10(s)  +  6H20(/)   ►  4H3P04(flq) 
(d)2CH3OH(/)  +  3  02(g)   '  2C02(g)  +  4H20(/) 

19.55  Using  data  from  Appendix  C,  calculate  AG0  for  the  fol- 
lowing reactions.  Indicate  whether  each  reaction  is 

spontaneous  under  standard  conditions. 

(a)  2  SOz(g)  +  02(g)   >  2  S03(g) 
(b)  NOz(g)  +  NzO(g)   ►  3  NO{g) 
(c)  6  Cl2(g)  +  2  Fe203(s)   >  4  FeCl3(s)  +  3  02(g) 
(d)  S02(g)  +  2  H2(g)   ►  S(s)  +  2  H20(g) 

19.56  Using  data  from  Appendix  C,  calculate  the  change  in 
Gibbs  free  energy  for  each  of  the  following  reactions.  In 
eni  h  case  indicate  whether  the  reaction  is  spontaneous 
under  standard  conditions. 

(a)  H2l  ,  )  +  C\2(g)   >  2  HCl(g) 
(b)  Mg(  l2(s)  +  H20(/)   *  MgO(s)  +  2HCl(x) 
(c)  2  NH  ;(#)   >  N2H4(x)  +  H2(g) 
(d)  2NO(  \{g)   »  2  NO(g)  +  Cl2(g) 

19.57  Cyclohex  ne  (C^H^)  is  a  liquid  hydrocarbon  at  room 

temperatui    (a)  Write  a  balanced  equation  for  the  com- 

bustion of  C61 1  [2(/)  to  form  C02(x)  and  H20(/).  (b)  With- 

out using  thermochemical  data,  predict  whether  AG' 
tor  this  reaction  is  more  negative  or  less  negative  than 

AH  '. 

19.58  Sulfur  dioxide  reacts  with  strontium  oxide  as  follows: 

S02(g)  +  SrO(s)   >  SrS03(s) 
(a)  Without  using  thermochemical  data,  predict  whether 

AG°  for  this  reaction  is  more  negative  or  less  negative 
than  AH  .  (b)  If  you  had  only  standard  enthalpy  data 
tor  this  reaction,  how  would  you  go  about  making  a 
rough  estimate  of  the  value  of  AG  at  298  K,  using  data 
from  Appendix  C  on  other  substances? 

19.59  Classify  each  of  the  following  reactions  as  one  of  the 
four  possible  types  summarized  in  Table  19.4: 

(a)  N2(g)  +  3  F2(g)   ►  2  NF3(g) 
AH    =  -249  k|;  AS    =  -278  J  k 

(b)  N2{g)  +  3  Clz(g)   *  2  NCl3(g) 
AH°  =  460  kj;  ASC  =  -275  J/K 

(c)  N2F4(g)   ►  2  MF2(g) 
AH   =  85  kj;  AS°  =  198  J/K 

19.60  From  the  values  giv  en  for  AH"  and  AS  ,  calculate  AG" 
for  each  of  the  following  reactions  at  298  K.  If  the  reac- 

tion is  not  spontaneous  under  standard  conditions  at 
298  k,  at  what  temperature  (if  any)  would  the  reaction 
become  spontaneous? 
(a)  2  PbS(s)  +  3  02(g)   »  2  PbO(s)  +  2S02(g) 

AH   =  -844  kl;  AS:  =  -165  J/K 

(b)  2POCl3(g)   »  2PCl3(g)  -  02Cs') 
AH:  =  572  kj;  AS'  =  179  J/K 

19.61  A  particular  reaction  is  spontaneous  at  450  K.  The  en- 
thalpy  change  for  the  reaction  is  +34.5  kj.  What  can  you 
conclude  about  the  sign  and  magnitude  of  AS  for  the 
reaction? 

19.62  A  certain  reaction  is  nonspontaneous  at  -25°C.  The  en- 
tropy change  for  the  reaction  is  95  J/K.  What  can  you 

conclude  about  the  sign  and  magnitude  of  AH? 

19.63  For  a  particular  reaction,  AH  =  -32  kj  and  AS  =  -98  J/K. 
Assume  that  AH  and  AS  do  not  vary  with  temperature. 

(a)  At  what  temperature  will  the  reaction  have  AG  =  0? 
(b)  If  T  is  increased  from  that  in  part  (a),  will  the  reaction 
be  spontaneous  or  nonspontaneous? 

19.64  Reactions  in  which  a  substance  decomposes  by  losing 

C02  are  called  decarboxylation  reactions.  The  decarboxy- 
lation of  acetic  acid  proceeds  as  follows: 

CH3COOH(/)   ►  CH4(g)  +  C02{g) 

By  using  data  from  Appendix  C,  calculate  the  minimum 
temperature  at  which  this  process  will  be  spontaneous 

under  standard  conditions.  Assume  that  AHC  and  AS: 
do  not  vary  with  temperature. 

19.65  Consider  the  following  reaction  between  oxides  of 
nitrogen: 

N02(g)  +  N20(g)   ►  3  NO(g) 

(a)  Use  data  in  Appendix  C  to  predict  how  AGC  for  the 
reaction  varies  with  increasing  temperature,  (b)  Calcu- 

late AG°  at  800  K,  assuming  that  AH0  and  AS0  do  not 



change  with  temperature.  Under  standard  conditions  is 

the  reaction  spontaneous  at  son  k1  (c)  Calculate  At,  .it 
1()()(]  k.  Is  the  reaction  spontaneous  under  standard  con- 

ditions at  this  temperature? 
19.66  Methanol  (CH  (OH)  can  be  made  h\  the  controlled  oxi- 

dation ol  methane: 

CH4(£)  +  \  02(x)   *  CH,OII(x) 

(a)  Use  data  in  Appendix  C  to  calculate  A//  and  As 
tor  tins  reaction,  (b)  I  low  is  A(,  lor  the  reaction  expect- 

ed to  vary  with  increasing  temperature?  (c)  Calculate 
AC  at  298  K.  Under  standard  conditions,  is  the  rea(  tion 

spontaneous  at  this  temperature1  (d)  Is  there  a  tempera- 
ture at  which  the  reaction  would  he  al  equilibrium 

under  standard  conditions  and  th.it  is  low  enough  so 

that  the  compounds  invoh  ed  are  likely  to  he  stable1 

19.67  (a)  Use  data  in  Appendix  C  to  estimate  the  boiling  point 
of  benzene,  C,,H,,(/).  (b)  Use  a  reference  source,  su<  h  as 
the  CRC  Handbook  of  Chemistry  and  Physics,  to  find  the 

experimental  boiling  point  ol  benzene.  I  low  do  you  ex- 
plain anv  deviation  between  \  our  answer  in  pari  (a )  and 

the  experimental  \  alue? 
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|19.68|  (a)  Using  data  in  Appendix  C,  estimate  the  tempera- 
ture al  which  the  free-energy  change  for  the  transfor- 

mation from  Ed  to  E(,\')  is  zero.  What  assumptions 

must    you    make    in   arriving   at    this  estimate"' (b)  Use  a  reference  source,  such  as  WebElements 

(www.webelements.com),  to  find  the  experimental 
melting  and  boiling  points  of  E .  (c)  Which  of  the  \  alues 
in  part  (b)  is  ( loser  to  the  value  \  ou  obtained  in  part  (a)? 

C  an  \  ou  explain  w  h\  this  is  so1 
19.69  Acetylene  gas,  C>HM,'S').  is  used  in  welding,  (a)  Write  a 

balanced  equation  for  the  combustion  of  acetylene  gas 

to  C02(x)  and  I  I20(/).  (b)  I  low  much  heat  is  produced 
m  burning  1  mol  ol  C2H2  under  standard  conditions  it 

both  reactants  and  products  are  brought  to  298  k1 (c)  What  is  the  maximum  amount  ot  useful  work  thai 

can  be  accomplished  under  standard  conditions  h\  this 
reaction? 

19.70  (a)  I  low  much  heat  is  produced  in  burning  I  mol  of  eth- 
ylene (Cq  14)  under  standard  conditions  it  reactants  and 

products  are  brought  to  2L>S  k  and  lUO(/)  is  formed1 
(b)  What  is  the  maximum  amount  of  useful  work  that 

i an  hi'  accomplished  under  standard  conditions  b)  this 

system 1 

Free  Energy  and  Equilibrium 

19.71  Explain  qualitatively  how  AC  changes  tor  each  of  the 
following  reactions  as  the  partial  pressure  of  02  is  in- 
creased: 

(a)  2CO(£)  +  02(g)   ►  2CO2C?) 
(b)  2  H202(7)   ►  2  HzO(/)  +  02(#) 

(c)  2  KC103(s)   >  2  KCl(s)  +  3  02(g) 
19.72  Indicate  w  hether  AC  increases,  decreases,  or  does  not 

change  when  the  partial  pressure  of  IE  is  increased  in 
each  of  the  following  reactions: 

(a)  N2(g)  +  3  H2(#)   '  2  NH3(jj) 
(b)  2  HBr(y)   >  H2(g)  t  Br2(tf) 

(c)  2H2(g)  +  C2H2(g)   '  C21  !„(,.<) 

19.73  Consider  the  reaction  2  N02(g)   •  N204(#).  (a)  Using 
data  from  Appendix  C,  calculate  AC  at  298  K.  (b)  Cal- 

culate AC  at  2C»S  k  if  the  partial  pressures  ol  \(  K  and 
N2Q4  are  0.40  atm  and  1 .60  atm,  respectively. 

19.74  Consider    the    reaction     H2(#)  +  F2(#)   ►  2  HF(tf). 
(a)  Using  data  from  Appendix  C,  calculate  AC  at  298  K. 
(b)  Calculate  AC  at  2C'S  k  il  the  reaction  mixture  consists 
of  8.0  atm  of  EE,  4.5  atm  of  F2,  and  0.36  atm  of  HF. 

19.75  Use  data  from  Appendix  C  to  calculate  the  equilibrium 
constant,  K,  at  2L)8  k  for  each  of  the  following  reactions: 

(a)  H2(g)  +  E(x)  =  2HI(g) 

(b)  C2H5OH(g)  ==±  C2H4(g)  +  H20(g) 
(c)  3C2H2(X)  ChHh(yJ 

19.76  Write  the  equilibrium-constant  expression  and  calculate 
the  value  of  the  equilibrium  constant  for  each  of  the  fol- 

lowing reactions  at  2<->!S  k,  using  data  from  Appendix  C: 

(a)  NaHC03(s)         NaOH(s)  *  C02(tf) 
(b)  2HBr(x)  t  CE(x)  =^  2  I IC  l(y)  \  Br2(g) 

(c)  2S02(g)  -  02(£)  2S03(tf) 

19.77  Consider  the  decomposition  of  barium  carbonate: 

BaCOi(s)  BaO(s)  +  C02(#) 

Using  data  from  Appendix  C  ,  calculate  the  equilibrium 

pressure  of  C(  )2  at  (a)  2">s  k  and  (b)  1 100  k. 
19.78  Consider  the  following  reaction: 

I'bCCCC)  ;=i  PbO(s)  +  COiQf) 

Using  data  in  Appendix  C,  calculate  the  equilibrium 
pressure  of  C02  in   the  system  at   (a)  120  c  and 
(b)  480  C . 

19.79  I  he  value  ol  k„  lor  nitrous  acid  (Hi\<  )2)  al  25  C  is  given 
in  Appendix  I),  (a)  Write  the  chemical  equation  for  the 
equilibrium  that  corresponds  to  Ka.  (b)  By  using  the 
value  of  K„,  c  ait  ulate  A( !  for  the  disso<  iation  of  nitrous 
acid  in  aqueous  solution,  (c)  What  is  the  value 

of  AC  at  equilibrium:*  (d)  W  hat  is  the  value  ol  A(. 
when  [I  I  ]  5.0  ■  10  :  Al,  [N02  |  =  6.0  ■  10  1  M, 
and  [HN02]  =  0.20  M? 

19.80  The  K(,  for  methylamine  (CH3NH2)  at  25  C  is  given  in 
Appendix  I),  (a)  Write  the  chemical  equation  for  the 
equilibrium  thai  corresponds  to  K/,.  (b)  I5v  using  the 

value  of  ki,,  calculate  Ac'  for  the  equilibrium  in  part  (a). 
(c)  What  is  the  value  ol  At,  at  equilibrium?  (d)  W  hat 

is    the   value   of    Ac,    when    [H  +  ]      1.5  >  It)  s  Al, 
ICEhNIC,  ]   =   |H  ]      1.5  •   10  s  Al,  |CH3NH  .  | 
5.5  x  10  1  M,  and  [CI  I  ;NEE]  =  0.120  M? 
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Additional  Exercises 

19.81  Indicate  whether  each  of  the  following  statements  is 
true  or  false.  If  it  is  false,  correct  it.  (a)  The  feasibility 
of  manufacturing  NFC  from  N2  and  H2  depends 
entirely    on    the    value    of    AH    tor    the  process 

N2(g)  +  3H2(#)   >2NH3(g).    (b)The    reaction  of 
Na(s)  with  Cl2(g)  to  form  NaCl(s)  is  a  spontaneous 
process,  (c)  A  spontaneous  process  can  in  principle  be 
conducted  reversiblv.  (d)  Spontaneous  processes  in  gen- 

eral require  that  work  be  done  to  force  them  to  proceed, 
(e)  Spontaneous  processes  are  those  that  are  exothermic 
and  that  lead  to  a  higher  degree  of  order  in  the  system. 

19.82  For  each  of  the  following  processes,  indicate  whether 

the  signs  of  AS  and  AH  are  expected  to  be  positiv  e,  neg- 
ative, or  about  zero,  (a)  A  solid  sublimes,  (b)  The  tem- 

perature of  a  sample  of  Co(s)  is  lowered  from  6(1  C  to 

25°C.  (c)  Ethyl  alcohol  evaporates  from  a  beaker,  (d)  A 
diatomic  molecule  dissociates  into  atoms,  (e)  A  piece  of 
charcoal  is  combusted  to  form  C02(g)  and  H20(x)- 

19.83  The  reaction  2  Mg(s)  +  02(g)   *  2  MgO(s)  is  highly 
spontaneous  and  has  a  negative  value  for  AS  .  The  sec- 

ond law  of  thermodynamics  states  that  in  any  sponta- 
neous process  there  is  always  an  increase  in  the  entropy 

of  the  universe.  Is  there  an  inconsistency  between  the 
above  reaction  and  the  second  law? 

19.84  Ammonium  nitrate  dissolves  spontaneously  and  en- 
dothermally  in  water  at  room  temperature.  What  can 
vou  deduce  about  the  sign  of  AS  for  this  solution 

process? 
119.85]  Trouton's  rule  states  that  for  many  liquids  at  their  normal 

boiling  points,  the  standard  molar  entropy  of  vaporiza- 
tion is  about  88  J/mol-K.  (a)  Estimate  the  normal  boiling 

point  of  bromine,  Br2,  by  determining  AH°ap  for  Br2 
using  data  from  Appendix  D.  Assume  that  AH°ap  re- 

mains constant  with  temperature  and  that  Trouton's 
rule  holds,  (b)  Look  up  the  normal  boiling  point  of  Br2 
m  a  chemistry  handbook  or  at  the  WebElements  Web 
site  (www.webelements.com). 

19.86  For  the  majority  of  the  compounds  listed  in  Appendix 

C,  the  v  alue  of  1C°  is  more  positive  (or  less  negativ  e) 
than  the  v  alue  of  AH',',  (a)  Explain  this  observ  ation, 
using  NH3(g),  CCI4(/),  and  KN03(s)  as  examples,  (b)  An 
exception  to  this  observation  is  CO(y).  Explain  the  trend 
in  the  AH  ,  and  AG  ;  values  for  this  molecule. 

19.87  Consider  the  following  three  reactions: 

(i)  2  RbCl(s)  +  3  02(g)   '  2  RbClCh(s) 
(ii)  QH2(£)  +  4Cl2(g)   »  2CC14(/)  +  H2(g) 
(iii)  TiCl4(/)  +  2H20(/)   ►  Ti02(s)  +  4  HC1(^/) 
(a)  For  each  of  the  reactions,  use  data  in  Appendix  C  to 

calculate  AH  ',  AC  ,  and  AS°  at  25°C.  (b)  Which  of  these 
reactions  are  spontaneous  under  standard  conditions  at 

23  C  1  (c)  For  each  of  the  reactions,  predict  the  manner  in 
which  the  change  in  free  energy  varies  with  an  increase 
in  temperature. 

19.88  Using  the  data  in  Appendix  C  and  given  the  pressures 
listed,  calculate  AG  for  each  of  the  following  reactions: 

(a)  N2(g)  ■  3H2(g)   >  2NH3(g) 

PN,     2.h  atm,  P,,,  =  3.9  atm,  PNHa  =  1.2  atm 

(b)  2  N2H4(x)  +  2  NO:(,v)   »  3  N2(tf)  +  4  H2C)(x) 

Pn2h4  =  Pko2  =  5.0  x  10  2  atm, PN,  =  0.3  atm,  PH2o     0.3  atm 
(c)  N2H4(x)   *  N2(g)  +  2H2(g) 

Pn2h4  =  0.5  atm,  PNz  =  1.5  atm,  PHl  =  2.5  atm 
19.89  (a)  For  each  of  the  following  reactions,  predict  the  sign  of 

A  /  /  and  AS°  and  discuss  briefly  how  these  factors  deter- 
mine the  magnitude  of  K.  (b)  Based  on  your  general 

chemical  know  ledge,  predict  which  of  these  reactions 
will  hav  e  K  0.  (c)  In  each  case  indicate  whether  K 

should  increase  or  decrease  with  increasing  temperature, 
(i)    2  Mg(s)  +  Oz(g)  =  2  MgO(s) 
(i.)   2KI(s)  —  2K(g)  +  l2(g) 
(iii)  Na2{g)  =  2Na(g) 

(iv)  2V205(s)         4  V(s)  +  5  02(#) 
19.90  Acetic  acid  can  be  manufactured  by  combining 

methanol  with  carbon  monoxide,  an  example  of  a 

carbonylation  reaction: 

CH3OH(/)  +  CO(g)   »  CFCCOOH(/) 
(a)  Calculate  the  equilibrium  constant  for  the  reaction  at 

25  C  (b)  Industrially,  this  reaction  is  run  at  tempera- 
tures above  25°C.  Will  an  increase  in  temperature  pro- 
duce an  increase  or  decrease  in  the  mole  fraction  of 

acetic  acid  at  equilibrium7  Why  are  elevated  tempera- 
tures used?  (c)  At  what  temperature  will  this  reaction 

have  an  equilibrium  constant  equal  to  1?  (You  may  as- 
sume that  A//  and  AS:  are  temperature-independent, 

and  vou  may  ignore  any  phase  changes  that  might occur.) 

19.91  The  oxidation  of  glucose  (C(1H,2Oh)  in  body  tissue  pro- 
duces C02  and  H20.  In  contrast,  anaerobic  decomposi- 
tion, which  occurs  during  fermentation,  produces 

ethanol  (C2FCOH)  and  C02.  (a)  Using  data  given  in 
Appendix  C,  compare  the  equilibrium  constants  for  the 
following  reactions: 

C6H1206(s)  +  6  02(g)  =  6C02(g)  +  6H2G(/) 

C6H1206(s)         2C2FUOH(/)  +  2C02(g) 

(b)  Compare  the  maximum  work  that  can  be  obtained 
from  these  processes  under  standard  conditions. 

[19.92]  The  conversion  of  natural  gas,  which  is  mostly  methane, 
into  products  that  contain  two  or  more  carbon  atoms, 
such  as  ethane  (C2H6),  is  a  very  important  industrial 

chemical  process.  In  principle,  methane  can  be  convert- 
ed into  ethane  and  hydrogen: 

2CH4(g)   »  C2H6(g)  +  H2(g) 

In  practice,  this  reaction  is  carried  out  in  the  presence  of 

oxygen: 

2CH4(g)  +  \  02(g)   *  C2H6(g)  +  H20(g) 

(a)  Using  the  data  in  Appendix  C,  calculate  K  for  these 
reactions  at  25°C  and  500°C.  (b)  Is  the  difference  in  AG: 
for  the  two  reactions  due  primarily  to  the  enthalpy  term 

(  AH  )  or  the  entropy  term  (  -TAS)?  (c)  Explain  how  the 
preceding  reactions  are  an  example  of  driving  a  non- 

spontaneous  reaction,  as  discussed  in  the  "Chemistry 
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and  Life"  box  in  Suction  19.7.  (d)  ["he  reaction  oi  CH4 
and  02  to  form  C\H,,  and  H2O  must  be  carried  out  care- 

fully to  avoid  a  competing  reaction.  What  is  the  most 

likely  competing  reaction1 
(19.931  Cells  use  the  hydrolysis  ol  adenosine  triphosphate 

(ATP)  as  a  source  ol  energy  (Figure  19.19).  I  he  conver- 
sion of  ATP  to  ADP  has  a  standard  free-energy  change 

of  30.5  k|  mol.  It  all  the  free  energy  from  the  metabo- 
lism of  glucose, 

C6H]206(s)  +  602(#)   ►  6C02(tf)  f  6H20(/) 

goes  into  the  conversion  of  .ADP  to  ATP,  how  many 

moles  of  ATP  can  be  produced  for  each  mole  of  glucose1 
|19.94|  The  potassium-ion  concentration  in  blood  plasma  is  aboul 

5.0  X  10  M,  whereas  the  concentration  in  muscle-cell 
fluid  is  much  greater  (0. 1 5  M).  The  plasma  and  intracellular 

fluid  are  separated  by  the  cell  membrane,  which  we  as- 
sume is  permeable  only  to  K  .  (a)  What  is  AG  for  the  trans- 

fer of  1  mol  of  K  from  blood  plasma  to  the  cellular  fluid  at 

bodv  temperature  (37  (_')?  (b)  What  is  the  minimum 
amount  of  work  that  must  be  used  to  transfer  this  k  1 

|19.95|  The  relationship  between  the  temperature  of  a  reaction, 

its  standard  enthalpv  change,  and  the  equilibrium  con- 
stant at  that  temperature  can  be  expressed  as  the  follow- 

ing linear  equation: 

In  K   — —  +  constant i.'  i 

(a)  Explain  how  this  equation  can  be  used  to  determine 
A//  experimentally  from  the  equilibrium  constants  ,u 
several  different  temperatures,  (b)  Derive  the  preceding 

equation  using  relationships  given  in  this  chapter,  lo 
what  is  the  constant  equal? 

[19.96|  One  waj  to  derive  Equation  I1'. 3  depends  on  the  obser- 
vation that  at  constant  /  the  number  of  ways,  IV,  of  ar- 

ranging m  ideal-gas  particles  in  a  volume  V  is 
proportional  to  the  volume  raised  to  the  in  power: 

IV  x  V'" 

Use  this  relationship  and  Boltzmann's  relationship  be- 
tween entropy  and  number  of  arrangements  (Equation 

19.5)  to  derive  the  equation  for  the  entropy  change  for 
the  isothermal  expansion  or  compression  of  n  moles  of 
an  ideal  gas. 

|19.97|  An  ad  in  an  auto  magazine  trumpets  a  new  device  that 

saves  on  gas.  It  is  called  the  "Entrop)  Converter."  I  he 
ad  reads,  "Attach  the  Entropy  Converter  to  your  carbu- 

retor and  see  amazing  improvement  in  your  gas 
mileage!  Did  you  know  that  increases  in  entropy  when 
the  fuel  is  burned  help  to  drive  your  car?  The  Entropy 
Converter  automatically  lowers  the  entropy  ol  the  gas 
molecules  as  they  enter  the  carburetor.  Then,  when  the) 
are  burned  in  the  engine,  the  entropy  increases  more 
than  ever,  yielding  much  more  energy  to  drive  your 

tar!"  Indicate  whether  you  fhmk  this  device  might work  If  not,  explain  why. 

Integrative  Exercises 

19.98  Most  liquids  follow  trouton's  rule,  which  states  that  the 
molar  entropy  of  vaporization  lies  in  the  range  of 

88  ±  5J/mol-K.  The  normal  boiling  points  and  en- 
thalpies of  vaporization  of  several  organic  liquids  are  as 

follows: 

Normal Boiling 

AHvap 

Substance 
Point  (°C) (kj/mol) 

Acetone,  (CH3)2CO 5b.  1 29.1 
Dimethyl  ether,  (ClDj.O 

-24.8 

21.5 

Ethanol,  C2H5OH 7S.4 38.6 
Octane,  QH 18 125.6 34.4 

Pyridine,  C5H5N 115.3 35.1 

(a)  Calculate  ASvan  for  each  of  the  liquids.  Do  all  ol  the 

liquids  obey  Trouton's  rule?  (b)  With  reference  to  inter- 
molecular  forces  (Section  1 1.2),  can  you  explain  any  ex- 

ceptions to  the  rule?  (c)  Would  you  expect  water  to  obey 

Trouton's  rule?  By  using  data  in  Appendix  B,  check  the 
accuracy  of  your  conclusion,  (d)  Chlorobenzene 

(ChH=;Cl)  boils  at  131. S  C.  Use  Trouton's  rule  to  estimate 
AH^,p  for  this  substance 

19.99  Consider  the  polymerization  of  ethylene  to  polyethyl- 
ene, (a)  What  would  you  predict  for 

the  sign  of  the  entropy  change  during  polymerization 

(ASp„|v)?  Explain  your  reasoning,  (b)  I  he  polymeriza- 
tion of  ethylene  is  a  spontaneous  process  at  room  tem- 

perature. What  can  you  conclude  about  the  enthalpv 

change  during  polymerization  (  A//p,,K  )?  (c)  Use  aver- 
age bond  enthalpies  (  [able  8.4)  to  estimate  the  v  alue  of 

AHp,,|N  per  ethylene  monomer  added,  (d)  Polyethylene 
is  an  addition  polymer.  By  comparison,  Nylon  66  is  a 
condensation  polymer.  How  would  you  expect  ASp„|N  for 

a  condensation  polymer  to  compare  to  that  for  an  addi- 
tion polymer?  Explain. 

19.100  In  chemical  kinetics  the  entropy  <>/  activation  is  the  en- 
tropy change  for  the  process  in  which  the  reactants 

reach  the  activ  ated  complex.  I  he  entropy  of  activation 
for  bimolecular  processes  is  usually  negative.  Explain 
this  observ  ation  with  reference  to  f  igure  14  I  v 

19.101  The  following  processes  were  all  discussed  in  C  hapter 

18,  "Chemistry  of  the  Environment."  Estimate  whether 
the  entropy  of  the  system  increases  or  decreases  during 

each  process:  (a)  photodissociation  of  02(#),  (b)  forma- 
tion ol  ozone  from  oxygen  mole<  ules  and  oxygen  atoms, 

(c)  diffusion  of  CFCs  into  the  stratosphere,  (d)  desalina- 
tion of  water  by  reverse  osmosis. 
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19.102  Carbon  disulfide  (CS2)  is  a  toxic,  highly  flammable  sub 
stance.  The  following  thermodynamic  data  are  available 

for  CS2(/)  and  CS2(g)  at  298  K: ' 

AH,  (kj/mol) AGf  (kj/mol) 
CS2(/) 

89.7 
65.3 

CSz(g) 
117.4 

67.2 

(a)  Draw  the  Lewis  structure  of  the  molecule.  What  do 

you  predict  for  the  bond  order  of  the  C  —  S  bonds1 
(b)  Use  the'VSEPR  method  to  predict  the  structure  of 
the  CS2  molecule,  (c)  Liquid  CS2  burns  in  02  with  a  blue 
flame,  forming  C02(#)  and  S02(x).  Write  a  balanced 

equation  for  this  reaction,  (d)  Using  the  data  in  the  pre- 
ceding table  and  in  Appendix  C,  calculate  AH  and  AG 

for  the  reaction  in  part  (c).  Is  the  reaction  exothermic1  Is 
it  spontaneous  at  298  K?  (e)  Use  the  data  in  the  preced- 

ing table  to  calculate  AS  at  2L>H  K  for  the  vaporization  of 
CS2(/).  Is  the  sign  of  AS  as  you  would  expect  for  a  va- 

porization? (f)  Using  data  in  the  preceding  table  and 
your  answer  to  part  (e),  estimate  the  boiling  point  of 
CS2(/).  Do  you  predict  that  the  substance  will  be  a  liquid 
or  a  gas  at  298  K  and  1  atm? 

119.103]  The  following  data  compare  the  standard  enthalpies 
and  free  energies  of  formation  of  some  crystalline  ionic 
substances  and  aqueous  solutions  of  the  substances: 

Substance  AHJ?  (kj/mol)        AG,°  (kj/mol) 

AgN03(s)  124.4  -33.4 
AgN03(aq)  ldl.7  -34.2 
MgS04(s)  -1283.7  -1169.6 
MgS04(<7</)  -1374.8  -1198.4 

late  the  entropy  change  when  the  solid  is  dissolved  in 
water,  (e)  Discuss  the  results  from  part  (d)  with  refer- 

ence to  material  presented  in  this  chapter  and  in  the  sei  - 
ond  "Closer  Look"  box  in  Section  13.5. 

|19.104|  Consider  the  following  equilibrium: 

N204(g)         2  N02(g) 

Thermodynamic  data  on  these  gases  are  given  in 

Appendix  C.  You  may  assume  that  AH'  and  AS  do  not 
vary  with  temperature,  (a)  At  what  temperature  will  an 
equilibrium  mixture  contain  equal  amounts  of  the  two 
gases?  (b)  At  what  temperature  will  an  equilibrium 
mixture  of  1  atm  total  pressure  contain  twice  as  much 

N02  as  N204?  (c)  At  what  temperature  will  an  equilibri- 
um mixture  of  ID  atm  total  pressure  contain  twice  as 

much  N02  as  N204?  (d)  Rationalize  the  results  from 

parts  (b)  and  (c)  by  using  Le  Chatelier's  principle. 

119.105]  The  reaction 

S02(£)  +  2  H2S(g)         3S(s)  +  2H20(x) 

is  the  basis  of  a  suggested  method  for  remov  al  of  S02 

from  power-plant  stack  gases.  The  standard  free  energy 
of  each  substance  is  given  in  .Appendix  C  (a)  What  is 

the  equilibrium  constant  for  the  reaction  at  29N  K1  (b)  In 
principle,  is  this  reaction  a  feasible  method  of  remov  ing 

SQ2?  (c)  If  PsOt  =  Pi^s  and  the  vapor  pressure  of  water 
is  25  torr,  calculate  the  equilibrium  S02  pressure  in  the 

system  at  2C'S  K.  (d)  Would  you  expect  the  process  to  be 
more  or  less  effective  at  higher  temperatures? 

19.106  When  most  elastomeric  polymers  (e.g.,  a  rubber  band) 
are  stretched,  the  molecules  become  more  ordered,  as  il- 

lustrated here: 

(a)  Write  the  formation  reaction  for  AgNO-,(s).  Based  on 
this  reaction,  do  you  expect  the  entropy  of  the  system  to 
increase  or  decrease  upon  the  formation  of  AgNO-,(s)? 

(b)  Use  AH  ,  and  AG°  of  AgN03(s)  to  determine  the  en- 
tropy change  upon  formation  of  the  substance.  Is  your 

answer  consistent  with  your  reasoning  in  part  (a)?  (c)  Is 

dissolving  AgN03  in  water  an  exothermic  or  endother- 
mic  process?  What  about  dissolving  MgS04  in  water? 

(d)  For  both  AgN03  and  MgSG4,  use  the  data  to  calcu- 

Suppose  vou  stretch  a  rubber  band,  (a)  Do  you  expect 
the  entropy  of  the  system  to  increase  or  decrease?  (b)  It 
the  rubber  band  were  stretched  isothermally,  would 
heat  need  to  be  absorbed  or  emitted  to  maintain  con- 

stant temperature? 

6  M  E  D  I A  EXERCISES 

rhese  exercises  make  use  of  the  interactive  objects  available  on- 
line inOneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator C  I ).  V  cess  to  theseresources  comes  in  your  MediaPak. 

19.107  I  he  Gibbs  Free  Energy  activity  (19.6)  allows  you  to  ex- 
plore thi'  relationship  between  spontaneity  and  tempera- 

ture, (a)  Of  the  five  reactions  av  ailable  in  the  simulation, 

which  are  spontaneous  at  all  temperatures?  (b)  Which 
are  nonspontaneous  at  all  temperatures?  (c)  Is  it  possible 

for  a  reaction  w  ith  a  positive  enthalpy  change  and  a  neg- 
ative entropj  i  hange  to  be  spontaneous?  Explain. 

19.108  Using  information  from  the  Gibbs  Free  Energy  activity 
(19.6),  determine  (a)  the  temperature  below  which  the 

reaction  N204(^)   *2  N02(^)  will  occur  spontaneous- 
ly; (b)  the  temperature  below  which  the  reaction 

CaC03(s)   »  CaO(s)  +  C02ig)  will  occur  sponta- 
neously; (c)  the  temperature  above  which  the  reaction 

Si(s)  +  2  Cl2(g)   *  SiCl4(/)  will  occur  spontaneously. 
19.109  The  Enthalpy  of  Solution  activity  (29.3)  lets  you  mea- 

sure temperature  changes  for  the  combination  of  several 
different  compounds  with  water,  (a)  Using  data  from 
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this  simulation,  determine  the  signs  of  Ac";  ,  A//  ,  and AS  for  the  dissolution  ot  ammonium  nitrate,  (b)  Is  the 

dissolution  ot  ammonium  nitrate  spontaneous  at  all 
temperatures?  Explain. 

19.110  Watch  the  Air  Bags  animation  again  (79.2),  and  answer 
the  following  questions,  (a)  What  arc  the  signs  of 

AC0,  A//  ,  and  AS  for  the  decomposition  ot  sodium 
azide?  (b)  Is  there  a  temperature  at  which  the  decompo- 

sition of  sodium  azide  is  not  spontaneous?  Explain. 

19.111  When  a  balloon  filled  with  hydrogen  is  ignited,  hydro- 
gen and  oxygen  react  explosively  to  form  w  ater.  I  he 

Formation  of  Water  mo\  ie  (I9..~i)  states,  "The  equilibri- 
um lies  far  to  the  right."  (a)  Explain  what  this  statement 

means  in  terms  ot  products  and  reactants.  (b)  I  xplain 

the  relationship  between  the  magnitude  ot  an  equilibri- 
um constant  and  the  sign  of  AC  . 

eLABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  and  skills 
for  this  chapter  in  the  simulated  laboratory  of  Virtual  ChemLab. 
Worksheets  for  each  ot  these  exercises  an'  found  in  the  Virtual 

ChemLab  Workbook  in  your  Medial'. ik. 
19.112  (VCL  19-1)  The  Balance  Between  Enthalpy  and  Entropy 

For  chemical  reactions,  we  say  a  reaction  proceeds  to  the 
right  when  AC  is  negative  and  the  reaction  proceeds  to 
the  left  when  AC  is  positive.  At  equilibrium,  AC  is  zero. 

The  Gibbs-Helmholtz  equation  specifies  that  at  constant 
temperature  AG  AH  -  /  AS  or,  in  other  words,  the 
sign  and  size  of  AC  are  governed  by  the  balance  between 
enthalpic  (ArV)  and  entropic  (  AS)  considerations.  In  this 
assignment  you  will  dissolve  several  different  salts  in 
water,  measure  the  resulting  temperature  changes,  and 
then  make  some  deductions  about  the  thermodynamic 
driving  forces  behind  the  dissolving  process. 

19.113  (VCL  19-2)  Heat  of  Solution:  \H4NO^ 

Have  you  ever  used  one  ot  those  "instant  cold  packs" 
that  looks  like  a  plastic  bag  filled  with  liquid?  It  you  hit 
the  bag  and  shake  it  up,  it  gets  extremely  cold;  but  why 

does  it  do  that1  The  liquid  inside  the  cold  pack  is  water, 
and  in  the  w  ater  is  another  plastic  bag  or  tube  contain- 

ing NH4NO}.  When  you  hit  the  cold  pack,  it  breaks  the 
tube  so  that  the  water  mixes  with  the  \  l  I  jM  ) , .  The  dis- 

solving ot  a  salt,  such  as  \l  I 4NO  ,,  in  water  is  called  dis- 
solution, and  the  heat  associated  with  the  dissolving 

process  is  t  ailed  the  enthalpy  of  solution.  In  this  prob- 
lem you  will  take  a  sample  of  Mll^NO-,,  dissolve  it  in 

water,  and  from  measuring  the  change  in  temperature, 
cak  ulate  the  enthalpy  ot  solution  for  NH^NO^. 



20.1  Oxidation  States 

20.2  Balancing  Oxidation-Reduction 

Equations 

20.3  Voltaic  Cells 

20.4  Cell  EMF  Under  Standard 
Conditions 

20.5  Free  Energy  and  Redox 
Reactions 

20.6  Cell  EMF  Under  Nonstandard 
Conditions 

20.7  Batteries  and  Fuel  Cells 

20.8  Corrosion 

20.9  Electrolysis 

WHAT'S  AHEAD 

•  We  briefly  review  oxidation  states 
and  oxidation-reduction  (redox) 
reactions.  (Section  20.1 ) 

•  We  learn  how  to  balance  redox 

equations.  (Section  20.2) 
•  We  next  consider  voltaic  cells,  those 

that  produce  electricity  from 
spontaneous  redox  reactions.  In 
these  cells,  solid  electrodes  serve  as 
the  surfaces  at  w  hich  oxidation  and 

reduction  reactions  take  place.  The 
electrode  where  oxidation  occurs  is 

the  anode,  and  the  electrode  where 
reduction  occurs  is  the  cathode. 
(Section  20.3) 

•  One  of  the  important  characteristics 
of  a  voltaic  cell  is  its  emf,  or 

voltage,  which  is  the  difference  in 
the  electrical  potentials  at  the  two 
electrodes.  Electrode  potentials, 
which  are  tabulated  for  reduction 
reactions  under  standard 
conditions  (standard  reduction 
potentials),  are  used  to 
calculate  cell  voltages,  to 
determine  the  relative  strengths  of 
oxidizing  agents  and  reducing 
agents,  and  to  predict  whether  or 
not  particular  redox  reactions 
are  spontaneous.  (Section  20.4) 

•  We  will  relate  the  Gibbs  free  energy 
to  the  emf  of  an  electrochemical  cell. 

(Section  20.3) 

•  The  voltage  associated  with  cells  that 
run  under  nonstandard  conditions 

can  be  calculated  using  standard 
voltages  and  the  Nernst  equation. 
(Section  20.6) 

•  We  describe  batteries  and  fuel  cells, 
which  are  commercially  important 

energy  sources  based  on 
electrochemical  reactions. 
(Section  20.7) 

•  Next,  we  discuss  corrosion,  a 

spontaneous  electrochemical  process 
involving  metals.  (Section  20. S) 

Finally,  we  focus  on  nonspontaneous 
redox  reactions,  examining 

electrolytic  cells,  which  use  electricity 

to  perform  chemical  reactions. 
(Section  20.9) 

UK 

cm 



Electrochemistry 

OXIDATION-REDUCTION   (REDOX)   REACTIONS   ARE  AMONG  the 

most  common  and  important  chemical  reactions. 

They  are  involved  in  a  wide  variety  of  important 

natural  processes  including  the  rusting  of  iron, 

the  browning  of  foods,  and  the  respiration  of 

animals.  An  we  discussed  earlier,  oxidation  refers  to  the  kiss  of  elec- 
trons, and  reduction  refers  to  the  gain  of  electrons. 

Thus,  oxidation-reduction  reactions  occur  when  electrons  are 
transferred  from  the  atom  that  is  oxidized  to  the  atom  that  is 
reduced. 

Redox  reactions  produce  new  compounds,  and  can  gener- 
ate heat,  just  like  other  kinds  of  chemical  reactions.  The  trans- 

fer of  electrons  that  occurs  during  oxidation-reduction 
reactions  can  also  produce  energy  in  the  form  of  elec- 

tricity. This  is  a  unique  feature  of  spontaneous  redox 

reactions  that  is  used,  for  example,  in  the  construc- 
tion of  portable  energy  sources  such  as  batteries 

and  fuel  cells.  We  saw  in  Chapter  18  that  alterna- 

tive energy  sources  include  solar  energy  conver- 
sion, in  which  sunlight  causes  electrons  to 

flow  in  an  external  circuit  in  order  to  power 
dev  ices.  I  he  Hubble  Space  Telescope  (see 

photo)  uses  a  combination  of  solar  panels 
and  lithium  ion  batteries  as  its  power 
source.  In  this  chapter,  we  will  learn 

the  basic  principles  behind  batteries 
and  fuel  cells. 

It  is  also  possible  to  use  electri- 

cal energy  to  make  certain  non- 
spontaneous  chemical  processes 
occur.  An  everyday  example  of 

this  is  electroplating,  in  which 

layers  of  one  metal  are  coat- 
ed onto  another  by  the  ap- 

plication of  a  voltage. 

THE  HUBBLE  SPACE  TELESCOPE  The  Hubble  Space  Telescope  orbits  the  Earth  at  an  altitude  of  353 

miles,  at  a  speed  of  17,500  miles  per  hour.  It  is  powered  by  solar  energy  panels  and  lithium  ion  batteries. 

847 



Chapter  20  Electrochemistry 

Electrochemistry  is  the  study  of  the  relationships  between  electricity  and  chemi- 
cal reactions.  We  will  begin  by  reviewing  how  oxidation  numbers  are  used  to 

identify  redox  reactions. 

20.1  I  Oxidation  States 

How  do  we  determine  whether  a  given  chemical  reaction  is  an  oxidation- 
reduction  reaction?  We  can  do  so  by  keeping  track  of  the  oxidation  states  of  all 
the  elements  invok  ed  in  the  reaction  1  4.4).  This  procedure  tells  us 

which  elements  (if  any)  are  changing  oxidation  state.  For  example,  when  zinc 
metal  is  added  to  a  strong  acid  (Figure  20.1  Y),  electrons  are  transferred  from 
zinc  atoms  to  hydrogen  ions: 

Zn(s)  +  2  H+(aq)   *  Zn2+(aq)  +  H2(g)  [20.1] 

animations  ^e  say  tnat  me  ̂ n 's  OMcn/ecl  anc'  tnt>  H   's  reduced. 
Oxidation-Reduction  Reactions  Part  I  The  transfer  of  electrons  that  occurs  in  the  reaction  in  Figure  20.1  produces 

Oxidation-Reduction  Reactions  Part  II  energy  in  the  form  of  heat;  the  reaction  is  thermodynamically  "downhill"  and 
proceeds  spontaneously. 

The  reaction  in  Equation  20.1  can  be  written  as 

▲  Figure  20.1    Redox  reaction  in  acidic  solution.  The  addition  of  zinc  metal  to  hydrochloric  acid  leads 

to  a  spontaneous  oxidation-reduction  reaction:  Zinc  metal  is  oxidized  to  Zn2^(o<7),  and  H~(aq)  is  reduced  to 
H2(g).  which  produces  the  vigorous  bubbling. 



By  writing  the  oxidation  state  of  each  element  above  or  below  the  equation,  we 
can  see  the  oxidation  state  changes  that  occur:  The  oxidation  state  of  Zn 

changes  from  0  to  +2,  and  that  of  1 1  changes  from  *  1  to  0. 
In  a  reaction  such  as  liquation  20.2,  a  clear  transfer  of  electrons  occurs.  Zinc 

loses  electrons  as  Zn(s)  is  conv  erted  to  Zrr '(</(/),  and  hydrogen  gains  electrons 
as  1 1  (at])  is  turned  into  I  f ̂f.'s )•  In  some  reactions,  however,  the  oxidation  states 

change  but  we  can't  say  that  any  substance  literally  gains  or  loses  electrons.  For 
example,  consider  the  combustion  of  hydrogen  gas: 

2H2(g)  +  02(#)  >   2H20(£)  [20.3] 

0  0  (+V)  -2 

In  this  reaction,  hydrogen  is  oxidized  from  the  0  to  the  4-  1  oxidation  state  and 
oxygen  is  reduced  from  the  0  to  the  2  oxidation  state.  Therefore,  Equation  20.3 
is  an  oxidation-reduction  reaction.  Water  is  not  an  ionic  substance,  however, 

and  so  there  is  not  a  complete  transfer  of  electrons  from  hydrogen  to  oxygen  as 
water  is  formed.  Using  oxidation  states,  therefore,  is  a  convenient  form  ot 

"bookkeeping,"  but  you  should  not  generally  equate  the  oxidation  state  of  an  atom 
with  its  actual  charge  in  a  chemical  compound. 
tion  numbers  U 

Q    GIVE  IT  SOME  THOUGHT 

What  are  the  oxidation  states  of  the  atoms  in  cyanide,  CN  ? 

In  any  redox  reaction,  both  oxidation  and  reduction  must  occur.  In  other 

words,  if  one  substance  is  oxidized,  then  another  must  be  reduced:  I  he  elec- 
trons formally  hav  e  to  go  from  one  place  to  another.  I  he  substance  that  makes 

it  possible  for  another  substance  to  be  oxidized  is  called  either  the  oxidizing 

agent  or  the  oxidant.  The  oxidizing  agent  removes  electrons  from  another  sub- 
stance by  acquiring  them  itself;  thus,  the  oxidizing  agent  is  itself  reduced.  Sim- 

ilarly, a  reducing  agent,  or  reductant,  is  a  substance  that  giv  es  up  electrons, 

thereby  causing  another  substance  to  be  reduced.  The  reducing  agent  is  there- 
fore oxidized  in  the  process.  In  Equation  20.2,  H  (aij)  is  the  oxidizing  agent  and 

Zn(s)  is  the  reducing  agent. 

■  SAMPLE  EXERCISE  20.1  |  What  Chemical  Reactions  Occur  in  a  Battery? 

The  nickel-cadmium  (nicad)  battery,  a  rechargeable  "dry  cell"  used  in  battery- 
operated  devices,  uses  the  following  redox  reaction  to  generate  electricity: 

Cd(s)  +  Ni02(s)  f  2H20(/)   ►  Cd(OH)2(s)  1  Ni(OH)2(s) 

Identify  the  substances  that  are  oxidized  and  reduced,  and  indicate  which  are  oxidiz- 
ing agents  and  which  are  reducing  agents. 

Solution 

Analyze:  We  are  giv  en  a  redox  equation  and  asked  to  identity  the  substance  oxidized 
and  the  substance  reduced  and  to  label  one  as  the  oxidizing  agent  and  the  other  as 
the  reducing  agent. 
Plan:  First,  we  assign  oxidation  states  to  all  the  atoms  in  the  reaction  and  determine 
the  elements  that  are  changing  oxidation  state.  Second,  we  apply  the  definitions  of 
oxidation  and  reduction. 

Solve:  cd(s)  +  Ni02(s)  +  2H20(/)   >  CdfOHWs)  +  Ni(OH)2(s) 

Cd  increases  in  oxidation  state  from  (I  to  I  2,  and  Ni  decreases  from  +4  to  1-2.  Be- 
cause the  Cd  atom  increases  in  oxidation  state,  it  is  oxidized  (loses  electrons)  and 
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therefore  serves  as  the  reducing  agent.  The  Ni  atom  decreases  in  oxidation  state  as 
NiOo  is  converted  into  Ni(OH)2.  Thus,  NiC>>  is  reduced  (gains  electrons)  and  there- 

fore serves  as  the  oxidizing  agent. 

Comment:  A  common  mnemonic  for  remembering  oxidation  and  reduction  is  "LEO 
the  lion  says  GER":  /osing  electrons  is  oxidation; gaining  electrons  is  reduction. 
H  PRACTICE  EXERCISE 

Identify  the  oxidizing  and  reducing  agents  in  the  oxidation-reduction  reaction 

2H20(7)  +  AI(s)  +  MnCV(flq)   »  Ai(OH)4  (aq)  +  Mn02(s) 

Answer:  Al(s)  is  the  reducing  agent;  Mn04  {nq)  is  the  oxidizing  agent. 

20.2  I  Balancing  Oxidation-Reduction  Equations 

Whenever  we  balance  a  chemical  equation,  we  must  obey  the  law  of  conserva- 
tion of  mass:  The  amount  of  each  element  must  be  the  same  on  both  sides  of  the 

equation.  As  we  balance  oxidation-reduction  reactions,  there  is  an  additional 
requirement:  The  gains  and  losses  of  electrons  must  be  balanced.  In  other 
words,  if  a  substance  loses  a  certain  number  of  electrons  during  a  reaction,  then 
another  substance  must  gain  that  same  number  of  electrons.  In  manv  simple 
chemical  reactions,  such  as  Equation  20.2,  balancing  the  electrons  is  handled 

"automaticallv";  we  can  balance  the  equation  without  explicitlv  considering 
the  transfer  of  electrons.  Many  redox  reactions  are  more  complex  than  Equation 
20.2,  however,  and  cannot  be  balanced  easily  without  taking  into  account  the 
number  of  electrons  lost  and  gained  in  the  course  of  the  reaction.  In  this  section 

we  examine  a  systematic  procedure  for  balancing  redox  equations. 

Half-Reactions 

Although  oxidation  and  reduction  must  take  place  simultaneously,  it  is  often 
convenient  to  consider  them  as  separate  processes.  For  example,  the  oxidation 

of  Sn2^  by  Fe3+: 
Sn2+(aq)  +  2Ve3+(aq)   »  Sn^(aq)  +  2  Fe2*(rt<7) 

can  be  considered  to  consist  of  two  processes:  (1)  the  oxidation  of  Sn2~  (Equa- 
tion 20.4)  and  (2)  the  reduction  of  Fe3+  (Equation  20.5): 

Oxidation:  Sn2~(aq)  »  Sn^(aq)  +  2  e"  [20.4] 

Reduction:  2Fe3+(aq)  +  2e"   »  2  Fe2></)  [20.5] 

Notice  that  in  the  oxidation,  electrons  are  shown  as  products,  whereas  in  the  re- 
duction, electrons  are  shown  as  reactants. 

Equations  that  show  either  oxidation  or  reduction  alone,  such  as  Equations 
20.4  and  20.5,  are  called  half-reactions.  In  the  overall  redox  reaction,  the  number 

of  electrons  lost  in  the  oxidation  half-reaction  must  equal  the  number  of  electrons 
gained  in  the  reduction  half-reaction.  When  this  condition  is  met  and  each  half- 
reaction  is  balanced,  the  electrons  on  the  two  sides  cancel  when  the  two  half-re- 

actions are  added  to  give  the  overall  balanced  oxidation-reduction  equation. 

Balancing  Equations  by  the  Method  of  Half-Reactions 

activity  The  use  of  half-reactions  provides  a  general  method  for  balancing  oxidation-re- 
Balancmg  Redox  Equations  in  Acid  duction  equations.  For  balancing  a  redox  reaction  that  occurs  in  acidic  aqueous 

solution,  the  procedure  is  as  follows: 

1.  Assign  oxidation  states  to  see  which  atoms  are  gaining  electrons  and  which 
are  losing  electrons. 

2.  Divide  the  equation  into  two  half-reactions,  one  for  oxidation  and  the  other 
for  reduction. 
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3.  Balance  each  half-reaction. 

(a)  First,  balance  the  elements  other  than  H  and  O. 

(b)  Next,  balance  the  O  atoms  by  adding  FhO  as  needed. 

(c)  I  hen,  balance  the  H  atoms  bv  adding  FT  as  needed. 

(d)  Finally,  balance  the  charge  by  adding  e   as  needed. 

At  this  point,  you  can  check  whether  the  number  of  electrons  in  each  half- 
reaction  corresponds  to  the  changes  in  oxidation  state  determined  in  step  1 . 

4.  Multiply  the  half-reactions  bv  integers  if  necessary  so  that  the  number  of 
electrons  lost  in  one  half-reaction  equals  the  number  gained  in  the  other. 

5.  Add  the  two  half-reactions  and  wherever  possible  simplify  bv  canceling 
species  appearing  on  both  sides  of  the  combined  equation. 

6.  Check  to  make  sure  that  the  number  of  atoms  of  each  kind  on  the  left  side 

of  the  equation  is  the  same  as  the  number  on  the  right  side. 

7.  Check  to  make  sure  that  the  total  charge  on  the  left  is  the  same  as  the  total 
charge  on  the  right. 

As  an  example,  let's  consider  the  reaction  between  permanganate  ion  (Mn04  ) 
and  oxalate  ion  (C2O4  )  in  acidic  aqueous  solution.  When  M11O4  is  added  to 

an  acidified  solution  of  C2O4"  ,  the  deep  purple  color  of  the  Mn04  ion  fades, 
as  illustrated  in  Figure  20.2  ▼.  Bubbles  of  C(  )2  term,  and  the  solution  takes  on 

the  pale  pink  color  of  iVIrr'.  We  can  therefore  write  the  unbalanced  equation  as 

Mn04  (<?(/)  +  C204"  (aq) 
Mir'  (<?(/)  +  C02(aq) 1 2().h] 

Experiments  show  that  H  +  is  consumed  and  FhO  is  produced  in  the  reaction.  We 
will  see  that  these  facts  can  be  deduced  in  the  course  of  balancing  the  equation. 

To  complete  and  balance  Equation  20.6  by  the  method  of  half-reactions,  we 
begin  with  the  unbalanced  reaction  and  assign  oxidation  states  (step  1).  Mn 
goes  from  the  +7  oxidation  state  in  MnO(  to  the  +2  oxidation  state  in  Mn  . 

Therefore,  each  Mn  atom  is  reduced  by  five  electrons.  (In  other  words,  it  <s'""'s 
five  electrons.)  Carbon  goes  from  the  +3  oxidation  state  in  C2O4  to  the  \  4  ox- 

idation state  in  CO2.  Therefore,  each  C  atom  is  oxidized  by  one  electron.  (In 
other  words,  it  loses  one  electron.) 

Next  we  write  the  two  half-reactions  (step  2).  The  reduction  half-reaction 
must  have  Mn  on  both  sides  of  the  arrow,  and  the  oxidation  half-reaction  must 
have  C  on  both  sides  of  the  arrow: 

Mn04  ((?</) 

C2042-(aq) 

Mrr '((?(/) 
co2(g) 

(a) 

<  Figure  20.2   Titration  of  an  acidic 
solution  of  Na2C204  with  KMn04(ao/).  (a)  As 
it  moves  from  the  buret  to  the  reaction  flask,  the 

deep  purple  MnO.,  is  rapidly  reduced  to 
extremely  pale  pink  Mn2  by  C2042  .  (b)  Once  all 
the  C2042  in  the  flask  has  been  consumed,  any 
MnO.,  added  to  the  flask  retains  its  purple  color, 
and  the  end  point  corresponds  to  the  faintest 
discernible  purple  color  in  the  solution, 
(c)  Beyond  the  end  point  the  solution  in  the  flask 
becomes  deep  purple  because  of  excess  MnO.,  . 

c) 
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We  can  now  complete  and  balance  the  half-reactions.  First,  let's  balance  all 
the  atoms  except  tor  I  I  and  O  (step  3a).  In  the  permanganate  half-reaction  we 
already  have  one  manganese  atom  on  each  side  of  the  equation  and  so  need  to 
do  nothing.  In  the  oxalate  half-reaction  we  need  to  add  a  coefficient  2  to  the 
right  to  balance  the  two  carbons  on  the  left: 

Mn04  {aq)   *  Mir ¥{aq) 

C2042  {aq)  — -  2CO:(x) 

The  permanganate  half-reaction  has  four  oxygens  on  the  left  and  none  on 
the  right;  therefore  lour  H2Q  molecules  are  needed  as  product  to  balance  the 
four  oxygen  atoms  in  \lnO4   (step  3b): 

Mn04  {aq)   >  Mn2+{aq)  t-  4  H20(/) 

The  eight  hydrogen  atoms  now  in  the  products  must  be  balanced  by  adding 

8  H  +  to  the  reactants  (step  3c): 

8  H  '(<;,/)  +  Mn04  ((?</)   >  Mnz+{aq)  +  4  H2G(/) 

There  are  now  equal  numbers  of  each  type  of  atom  on  the  two  sides  of  the  equa- 
tion, but  the  charge  still  needs  to  be  balanced.  The  total  charge  of  the  reactants 

is  8(1  +  )  +  (1-)  -  7+,  and  that  of  the  products  is  (2+)  +  4(0)  =  2+.  To  bal- 
ance the  charge,  we  must  add  five  electrons  to  the  reactant  side  (step  3d): 

5e~  +  SH+(aq)  +  Mn04'{aq)   >  Mn2'(rt,?)  +  4  H20(/) 

Note  that  we  said  earlier  that  each  manganese  atom  needed  to  gain  five  elec- 
trons, and  now  in  the  balanced  half-reaction  we  can  see  them. 

We  balanced  the  masses  in  the  oxalate  half-reaction  already  in  step  3a.  We 
can  balance  the  charge  (step  3d)  by  adding  two  electrons  to  the  products: 

C20A2~(nq)   >  2C02(x)  +  2  e" 

We  noted  earlier  that  each  carbon  atom  needed  to  be  oxidized  by  one  electron. 

For  the  two  carbon  atoms  in  this  chemical  equation,  there  should  be  two  elec- 
trons lost,  and  now  in  the  balanced  half-reaction  we  can  see  them. 

Since  we  have  two  balanced  half-reactions,  we  need  to  add  them  to  ob- 
tain an  overall  balanced  reaction.  In  the  final  reaction  there  should  not  be 

any  free  electrons.  Therefore,  we  need  to  multiply  each  half-reaction  by  an 

appropriate  integer  so  that  the  number  of  electrons  gained  in  one  half- 

reaction  equals  the  number  of  electrons  lost  in  the  other  (step  4).  The  Mn04~ 
half-reaction  must  be  multiplied  by  2,  and  the  C204~  half-reaction  must  be 
multiplied  by  5  so  that  the  same  number  of  electrons  (10)  appears  in  both 

equations: 

10  e    +  16  H*(/7i7)  +  2Mn04  {aq)          2Mn2+(aq)  +  8  H20(/) 

 5  C2042'(<7</)   >  10  CQ2{g)  +  10  e~ 

IhH '(<?«/)  +  2MnCV((?</)  +  5  C2042"  (</</)   > 
2Mn2+m  +  8H20(/)  +  10CO2(g) 

The  balanced  equation  is  the  sum  of  the  balanced  ha  If- reactions  (step  5).  Note 
that  the  electrons  on  the  reactant  and  product  sides  of  the  equation  cancel  each 
other. 

We  can  check  the  balanced  equation  by  counting  atoms  (step  6)  and  charges 

(step  7):  There  are  lh  H,  2  Mn,  28  O,  10  C,  and  a  net  charge  of  4+  on  each  side  of 
the  equation,  confirming  that  the  equation  is  correctly  balanced. 
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WM  SAMPLE  EXERCISE  20.2  |  Balancing  Redox  Equations  in  Acidic  Solution 

Complete  and  balance  this  equation  by  the  method  ol  half-reactions: 

Cr207:  (aq)  +  CI  (aq)   ►  Cr3+(aq)  +  C\2(g)       (acidic  solution) 
Solution 

Analyze:  We  are  given  an  incomplete,  unbalanced  equation  for  a  redox  reaction  occurring  in  acidic  solution  and  asked  to  balance  it. 
Plan:  We  use  the  procedure  we  just  learned. 
Solve:  Step  1:  We  check  oxidation  state  changes.  Each  chromium  atom  is  reduced  by  three  electrons,  and  each  chlorine  atom  is 
oxidi/ed  by  one  electron. 

Solve:  Step  2:    We  divide  the  equa-  Cr2072  (f?</)  »Crv(m/) 
tion  into  two  half-reactions: 

CI  (aq)   >  Cl2(g) 

Step  3:  We  balance  each  hall- 
reaction.  In  the  first  hall-reaction  the 

presence  of  one  CnOy"  among  the 
reactants  requires  two  Crv  among 
the  products.  The  seven  oxygen 

atoms  in  Cr2Q7~  are  balanced  by 
adding  seven  H20  to  the  products 
The  14  hydrogen  atoms  in  7  H20  are 
then  balanced  by  adding  14  11  to 

the  reactants:  14  i  r(^j)  +  Cr2Q7:  {aq)   ►  2  Cr3+ (aq)  +  7  H20(/) 

Charge  is  then  balanced  by  adding 
electrons  to  the  left  side  of  the  equa- 

tion so  that  the  total  charge  is  the 

same  on  the  two  sides:  he    f  14  H*(aq)  -  Cr2072  (aq)   »  2Cr3+(m/)  +  7  H20(/) 

Recall  that  we  said  earlier  that  each  chromium  atom  needed  to  gain  three  electrons,  and  now  we  can  see'  the  six  electrons  needed 
for  two  chromium  atoms. 

In  the  second  half-reaction,  two  CI 
are  required  to  balance  one  Cl2:  2  CI  (</</)   »  Cl2(\') 

We  add  two  electrons  to  the  right 

side  to  attain  charge  balance:  2  CI  (nq)   *  Cl2(;s')  +  2e 

Recall  that  we  said  earlier  that  each  chlorine  atom  needed  to  lose  one  electron,  and  now  we  can  see  the  two  electrons  needed  for 
two  chlorine  atoms. 

Step  4:  We  equalize  the  number  ot 
electrons  transferred  in  the  two  hall- 
reactions.  To  do  so,  we  multiply  the 
CI  half-reaction  by  3  so  that  the 
number  of  electrons  gained  in  the  Cr 
half-reaction  (six)  equals  the  num- 

ber lost  in  the  CI  half-reaction,  al- 
lowing the  electrons  to  cancel  when 

the  half-reactions  are  added:  6 CI  (aq)   >3CI2(;S')  I  6e 

Step  5:    The  equations  are  added  to 

give  the  balanced  equation:  l4H+(aq)  +  Cr2Or2  (aq)  +  6C1  Uiq)   >  2CC  '(aq)  I  7  H20(/)  *  3CI?(;S') 

Steps  6  and  7:  There  are  equal  numbers  of  atoms  ol  each  kind  on  the  tw  o  sides  of  the  equation  (14  H,  2  Cr,  7  O,  6  (  I).  In  addi- 
tion, the  charge  is  the  same  on  the  two  sides  (6  +  ).  Thus,  the  equation  is  balanced. 

MM  PRACTICE  EXERCISE 

Complete  and  balance  the  following  equations  usin^  the  method  of  half-reactions.  Both  reactions  occur  in  acidic  solution. 

(a)  Cu(s)  +  N(V((?(j)   ►  Cu2+(aq)  +  N02(g) 

(b)  Mir  (in;)  +  NaBi03(s)   ►  Bi ''(<?(/)  +  Mn04  (aq) 

Answers:  (a)  Cu(s)  +  4  H '(,/</)  +  2  N03  (aq)   ►  Cu2' (aq)  +  2  N02(g)  +  2  H20(/) 

(b)  2  Mir  '(aq)  +  5  NaBi03(s)  +  14  H '(,/,/)   >  2  Mn04  (aq)  +  5Biv(i;,/)  +  5  Na\aq)  <  7  I  !•()(/) 
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Q    GIVE  IT  SOME  THOUGHT 

If  the  equation  for  a  redox  reaction  is  balanced,  will  free  electrons  appear  in  the 
equation  as  either  reactants  or  products? 

Balancing  Equations  for  Reactions  Occurring  in  Basic  Solution 
ACTIVITY 
Balancing  Redox  Equations  in  Base  It  a  redox  reaction  occurs  in  basic  solution,  the  equation  must  be  completed  by 

using  OH  and  H20  rather  than  H"  and  H2O.  It  is  difficult  to  do  this  using 
OH  and  H20  (in  parallel  with  the  H  '  and  H20  we  used  for  acidic  conditions) 
because  OH~  has  both  hydrogen  and  oxygen  atoms.  Therefore,  a  good  way  to 
balance  these  reactions  is  to  balance  the  half-reactions  initially  as  if  they  oc- 

curred in  acidic  solution.  Then,  count  the  H  '  in  each  half-reaction,  and  add  the 

same  number  of  OH"  to  each  side  of  the  half-reaction.  This  way  the  reaction  is 
still  mass-balanced  because  you  are  adding  the  same  thing  to  both  sides.  In 

essence,  what  you  are  doing  is  "neutralizing"  the  protons  to  form  water 

(H    -  OH   ►  HAD)  on  the  side  containing  H~,  and  the  other  side  ends  up 
with  the  OH~.  The  resulting  w  ater  molecules  can  be  canceled  as  needed.  This 
procedure  is  shown  in  Sample  Exercise  20.3. 

■1  SAMPLE  EXERCISE  20.3  |  Balancing  Redox  Equations  in  Basic  Solution 

Complete  and  balance  this  equation  for  a  redox  reaction  that  takes  place  in  basic  solution: 

CN"(fl<7)  +  MnO_f(<7ij)   »  CNO~(aq)  +  Mn02(>)  (basic  solution) 
Solution 
Analyze:  We  are  given  an  incomplete  equation  for  a  basic  redox  reaction  and  asked  to  balance  it. 
Plan:  We  go  through  the  first  steps  of  our  procedure  as  if  the  reaction  were  occurring  in  acidic  solution.  We  then  add  the  appro- 

priate number  of  OH "  ions  to  each  side  of  the  equation,  combining  H~  and  OH  to  form  H20.  We  complete  the  process  by  sim- 
plifying the  equation. 

Solve:  Step  1:  We  assign  oxida- 
tion states.  This  is  a  tricky  one! 

Step  2:  We  write  the  incomplete, 
unbalanced  half-reactions: 

Step  3:  We  balance  each  half- 
reaction  as  if  it  took  place  in  acidic 
solution: 

Now  we  need  to  take  into  account 
that  the  reaction  occurs  in  basic  so- 

lution, adding  OH  to  both  sides  of 

both  half-reactions  to  neutralize  H  ': 

We  now  "neutralize"  H*  and  OH 
by  forming  H20  when  they  are  on 
the  same  side  of  either  half-reaction: 

Next,  we  cancel  water  molecules 
that  appear  as  both  reactants  and 

products: 

Both  half-reactions  <ire  now 

balanced — you  can  check  the  atoms 
and  the  overall  charge. 

Mn  goes  from  7+  to  4  +  .  The  sum  of  the  oxidation  states  of  C  and  N  in  CN  must  be 
-1,  the  overall  charge  of  the  ion.  In  CNO  ,  if  oxygen  has  an  oxidation  state  of  -2  as 
usual,  the  sum  of  the  oxidation  states  of  C  and  N  must  be  +1.  So,  overall,  CN~  is  ox- idized by  two  electrons. CN  ~(aq) 

MnOf(aq) 

CN~(aq)  +  H20(/) 

3e~  +  4H1<7(/)  +  MnO_C((7(?) 

CNO~(aq) Mn02(s) 

CNO~((7i7)  +  2  Him/)  +  2  e" 
MnO:(s)  +  2  H20(/) 

CN~(fli/)  +  H20(/)  -  2  0H"(<7<7)   ►  CNOlmj)  +  2H+(fl?)  +  2e    +  2  OH  (aq) 

3e~  +  4  H~(aq)  +  Mn04'(aq)  +  4  0H~(,7<7)   *  Mn02(s)  +  2  H20(/)  +  4  OH~(aq) 

CN~(rt<7)  +  H20(/)  +  2  0H~((7<7)  - 

3e"  +  4H20(/)  +  Mn04  (aq)  - 

CN~(aq)  +  2  0H7(i(]) 

3e~  +  2H20(/)  +  MnClflij) 

CNO~(m7)  +  2  H20(/)  +  2  e~ 

MnO;(>)  +  2H20(/)  +  -iOH'(aq) 

-*  CNQ-(aq)  +  H20(/)  +  2  e" 

->  Mn02(s)  +  4  OH~(aq) 
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Step  4:  Now  we  multiply  the 
cyanide  half-reaction  through  by  3, 
which  will  give  six  electrons  on  the 
product  side;  and  multiply  the  per- 

manganate half-reaction  through  by 
2,  which  will  give  six  electrons  on 
the  reactant  side: 

Step  5:  Now  we  can  add  the  two 
halt-reactions  together  and  simplify 
by  canceling  species  that  appear  as 
both  reactants  and  products: 

Steps  6  and  7:  Check  that  the 
atoms  and  charges  are  balanced. 

3CN  (at])  +  6  Ol  1  {aq)   >  3CNO  (nq)  +  3  H2O(0  •  he 

be    +  4lhO(/)  +  2MnO,  (aq)   ►  2  Mn02(s)  •  80H  (aq) 

3  CN  (nq)  +  H20(/)  +  2  Mn04  (,iq)   »  3CNO  (nq)  +  2  Mn02(s)  +  2  OH  (aq) 

There  are  3  C,  3  N,  2  H,  9  O,  2  Mn,  and  a  charge  of  5    on  both  sides  of  the  equation. 

MR  PRACTICE  EXERCISE 

Complete  and  balance  the  following  equations  for  oxidation-reduction  reactions  that  occur  in  basic  solution: 
(a)  N02  (aq)  +  Al(s)   ►  NH3(rtf/)  +  Al(OH)4  (aq) 

(b)  Cr(OHh(s)  f  CIO  (aq)   ►  Cr042  (aq)  +  C\2(g) 
Answers:  (a)  N02  {aq)  *  2  Al(s)  +  5  H20(/)  +  OH  (aq)   >  NH3(^)  +  2Al(OH)4  (aq) 

(b)  2Cr(OH)3(s)  -  6  CIO  (aq)   «•  2  Cr042  (aq)  +  3C12(#)  +  2  OH  (aq)  f  2  H20(/) 

20.3  I  Voltaic  Cells 

The  energy  released  in  a  spontaneous  redox  reaction  can  be  used  to  perform 
electrical  work.  This  task  is  accomplished  through  a  voltaic  (or  galvanic)  cell,  a 

device  in  which  the  transfer  of  electrons  takes  place  through  an  external  path- 
way rather  than  directly  between  reactants. 

One  such  spontaneous  reaction  occurs  when  a  strip  ol  zinc  is  placed  in  con- 
tact with  a  solution  containing  Cu  .  As  the  reaction  proceeds,  the  blue  color  of 

Cu2  (aq)  ions  fades  and  copper  metal  deposits  on  the  zinc.  At  the  same  time,  the 
zinc  begins  to  dissolve.  These  transformations  are  shown  in  Figure  20.3  ►  and 
are  summarized  by  the  equation 

Zn(s)  +  Cu2+(aq)   »  Zn2+(aq)  +  Cu(s)  [20.7] 

Figure  20.4  ►  show  s  a  voltaic  cell  that  uses  the  redox  reaction  between  Zn 

and  Cir+  given  in  Equation  20.7.  Although  the  setup  shown  in  Figure  20.4  is 
more  complex  than  that  in  Figure  20.3,  the  reaction  is  the  same  in  both  cases. 
The  significant  difference  between  the  two  setups  is  that  the  Zn  metal  and 

Cu2+0?(j)  are  not  in  direct  contact  in  the  voltaic  cell.  Instead,  the  Zn  metal  is 

placed  in  contact  with  Zrr' (nq)  in  one  compartment  of  the  cell,  and  Cu  metal 
is  placed  in  contact  with  Cu  (aq)  in  another  compartment.  Consequently,  the 

reduction  of  the  CuJ  can  occur  only  by  a  flow  of  electrons  through  an  external 
circuit,  namely,  the  wire  that  connects  the  Zn  and  Cu  strips.  In  other  words,  by 
physically  separating  the  reduction  halt  of  a  redox  reac  tion  from  the  oxidation 
half,  we  create  a  flow  of  electrons  through  an  external  circuit. 

The  two  solid  metals  that  are  connected  by  the  external  circuit  are  called 
electrodes.  By  definition,  the  electrode  at  which  oxidation  occurs  is  called  the  anode; 

the  electrode  at  which  reduction  occurs  is  called  the  cathode.*  The  electrodes  can  be 
made  of  materials  that  participate  in  the  reaction,  as  in  the  present  example. 

ANIMATION 
Voltaic  Cells  I:  The  Copper-Zinc  Cell 

*  To  help  remember  these  definitions,  note  thai  anode  and  oxidation  both  begin  with  a  vowel,  and cathode  and  reduction  both  begin  with  a  consonant 
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A  SPONTANEOUS  OXIDATION-REDUCTION  REACTION 

An  atomic-level  view  of  how  electrons  are  transferred  in  a  spontaneous  redox  reaction. 

ion 

Zn(s)  +  Cir  (aq)  Zn2+(aq)  +  Cu(s) 
Electrons  are  transferred  from  the 

zinc  to  the  Cu     ion,  forming  Zn~~ ions  and  Cu(s).  The  resulting 
colorless  Zir  *  ion  enters  the 

solution,  and  the  Cu  atom  remains 
deposited  on  the  zinc  strip. 

A  strip  of  zinc  is  placed  in  a 
solution  of  copper  (II)  sulfate.  A  f 
Cu2+  ion  comes  in  contact  with 
the  surface  of  the  Zn  strip  and 
gains  two  elecrons  from  a  Zn 

atom;  the  Cir"  is  reduced,  and  : the  Zn  atom  is  oxidized. 

As  the  reaction  proceeds,  the  zinc 
dissolves,  the  blue  color  due  to 

Cu    (aq)  fades,  and  copper  metal 
(the  dark  material  on  the  zinc 
strip  and  on  the  bottom  ot  the 

beaker)  is  deposited. 

▲  Figure  20.3   A  spontaneous  oxidation-reduction  reaction. MOVIES 
Redox  Chemistry  of  Iron  and  Copper, 
Formation  of  Silver  Crystals 

Over  the  course  of  the  reaction,  the  Zn  electrode  will  gradually  disappear  and  the 

copper  electrode  will  gain  mass.  More  typically  the  electrodes  are  made  of  a  con- 
ducting material,  such  as  platinum  or  graphite,  that  does  not  gain  or  lose  mass  dur- 

ing the  reaction  but  serves  as  a  surface  at  which  electrons  are  transferred. 

Each  of  the  two  compartments  of  a  voltaic  cell  is  called  a  half-cell.  One  half- 
cell  is  the  site  of  the  oxidation  half-reaction,  and  the  other  is  the  site  of  the  reduc- 

tion half-reaction,  in  our  present  example  Zn  is  oxidized  and  Cu~+  is  reduced: 

Anode  (oxidation  half-reaction)  Zn(s)   *  Zn2+(aq)  +  2e~ 

Cathode  (reduction  half-reaction)  Cu2^(aq)  +  2  e"   >  Cu(s) 
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Electrons  become  available  as  zinc  metal  is  oxidized  at  the  anode.  They 
flow  through  the  external  circuit  to  the  cathode,  where  they  are  consumed  as 
Cu  (aq)  is  reduced.  Because  Zn(s)  is  oxidized  in  the  cell,  the  zinc  electrode 

loses  mass,  and  the  concentration  of  the  Zn  solution  increases  as  the  cell  op- 

erates. Similarly,  the  Cu  electrode  gains  mass,  and  the  Cu  H  solution  becomes 
less  concentrated  as  Cu    is  reduced  to  Cu(s). 

For  a  voltaic  cell  to  work,  the  solutions  in  the  two  halt-cells  must  remain 
electrically  neutral.  As  Zn  is  oxidized  in  the  anode  compartment,  Zn  ions 
enter  the  solution.  I  hus,  there  must  be  some  means  tor  positive  inns  to  migrate 

out  of  the  anode  compartment  or  for  negativ  e  ions  to  migrate  in  to  keep  the  so- 
lution electrically  neutral.  Similarly,  the  reduction  of  Cu  at  the  cathode  re- 
moves positive  charge  from  the  solution,  leaving  an  excess  of  negativ  e  charge 

in  that  half-cell,  fhus,  positiv  e  ions  must  migrate  into  the  compartment  or  neg- 
ative ions  must  migrate  out.  In  fact,  no  measurable  electron  flow  will  occur 

between  electrodes  unless  a  means  is  provided  for  ions  to  migrate  through  the 
solution  from  one  electrode  compartment  to  the  other,  thereby  completing 
the  circuit. 

In  Figure  20.4,  a  porous  glass  disc  separating  the  two  compartments 

allows  a  migration  of  ions  that  maintains  the  electrical  neutrality  of  the  so- 
lutions. In  Figure  20.3  ►,  a  salt  bridge  serves  this  purpose.  A  salt  bridge  con- 

sists of  a  U-shaped  tube  that  contains  an  electrolyte  solution,  such  as 
NaNO-?(<7</),  whose  ions  will  not  react  with  other  ions  in  the  cell  or  with  the 
electrode  materials.  The  electrolyte  is  often  incorporated  into  a  paste  or  gel 

so  that  the  electrolyte  solution  does  not  pour  out 
when  the  U-tube  is  inverted.  As  oxidation  and 
reduction  proceed  at  the  electrodes,  ions  from 
the  salt  bridge  migrate  to  neutralize  charge  in  the 
cell  compartments.  Whatever  means  is  used  to 

allow  ions  to  migrate  between  half-cells,  anion* 
always  migrate  toward  the  anode  and  cations  toward 
the  cathode. 

▲  Figure  20.4   A  voltaic  cell  based  on  the 
reaction  in  Equation  20.7.  The  left 
compartment  contains  1  M  CuS04  and  a  copper 
electrode.  The  one  on  the  right  contains 
1  M  ZnS04  and  a  zinc  electrode.  The  solutions  are 
connected  by  a  porous  glass  disc,  which  permits 
contact  of  the  two  solutions.  The  metal  electrodes 
are  connected  through  a  voltmeter,  which  reads 
the  potential  of  the  cell,  1.10  V. 

Switch 

Zn 

anode 

9 GIVE  IT  SOME  THOUGHT 

Why  do  anions  in  a  salt  bridge  migrate  toward  the 
anode? 

Figure  20.6  ►  summarizes  the  relationships  Zn(s)  - 
among  the  anode,  the  cathode,  the  chemical 
process  occurring  in  a  voltaic  cell,  the  direction  of 
migration  of  ions  in  solution,  and  the  motion 
of  electrons  between  electrodes  in  the  external  cir- 

cuit. Notice  in  particular  that  in  ami  voltaic  cell  the 
electrons  flow  from  the  anode  through  the  external  circuit  to  the  cathode.  Because 

the  negatively  charged  elections  flow  from  the  anode  to  the  cathode,  the 
anode  in  a  voltaic  cell  is  labeled  with  a  negative  sign  and  the  cathode  with  a 

positive  sign;  we  can  envision  the  electrons  as  being  attracted  to  the  positive- 

cathode  from  the  negativ  e  anode  through  the  external  circuit.' 

Cu 
cathode 

Zn-   {aq)  •  2  c     Cu"  duj) 

Mo\  ement  ol  c  ations 

Movement  of  anions 

▲  Figure  20.5   A  voltaic  cell  that  uses  a 
salt  bridge  to  complete  the  electrical  circuit. 

*  Although  the  anode  and  cathode  are  Libeled  with  -  and  +  signs  respectively,  \  ou  should  not  in- 
terpret the  Libels  as  charges  on  the  electrodes.  The  Libels  simply  tell  us  the  ele<  trode  .it  whic  h  the 

electrons  are  released  to  the  external  circuit  (the  anode)  and  receiv  ed  from  the  external  circuit  (the 
cathode).  The  actual  charges  on  the  electrodes  are  essentiall)  zero 
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>  Figure  20.6  A  summary  of  the 
terminology  used  to  describe  voltaic  cells. 
Oxidation  occurs  at  the  anode;  reduction  occurs 
at  the  cathode.  The  electrons  flow  spontaneously 
from  the  negative  anode  to  the  positive  cathode. 
The  electrical  circuit  is  completed  by  the 
movement  of  ions  in  solution.  Anions  move 
toward  the  anode,  whereas  cations  move  toward 
the  cathode.  The  cell  compartments  can  be 
separated  by  either  a  porous  glass  barrier  (as  in 
Figure  20.4)  or  by  a  salt  bridge  (as  in  Figure 
20.5). 

Anode 

Electron  flow 

Porous  barrier  +  Cathode 
or  salt  bridge 

Anions 

Cations 

Anode  compartment     Cathode  compartment 
Oxidation  occurs  Reduction  occurs 

■  SAMPLE  EXERCISE  20.4  |  Reactions  in  a  Voltaic  Cell 

The  oxidation-reduction  reaction 

Cr207:"(m/)  +  14  H '(«(/)  +  6  1  (aq)   *  2  Cr^(aq)  +  3I2(s)  +  7  H20(/) 
is  spontaneous.  A  solution  containing  K2Cr207  and  H2S04  is  poured  into  one  beaker, 
and  a  solution  of  Kl  is  poured  into  another.  A  salt  bridge  is  used  to  join  the  beakers.  A 
metallic  conductor  that  will  not  react  with  either  solution  (such  as  platinum  foil)  is 
suspended  in  each  solution,  and  the  two  conductors  are  connected  with  wires 
through  a  voltmeter  or  some  other  device  to  detect  an  electric  current.  The  resultant 
voltaic  cell  generates  an  electric  current.  Indicate  the  reaction  occurring  at  the  anode, 
the  reaction  at  the  cathode,  the  direction  of  electron  migration,  the  direction  of  ion 
migration,  and  the  signs  of  the  electrodes. 

Solution 

Analyze:  We  are  given  the  equation  for  a  spontaneous  reaction  taking  place  in  a 
voltaic  cell  and  a  description  of  how  the  cell  is  constructed.  We  are  asked  to  write  the 
half-reactions  occurring  at  the  anode  and  at  the  cathode,  as  well  as  the  directions  of 
electron  and  ion  movements  and  the  signs  assigned  to  the  electrodes. 
Plan:  Our  first  step  is  to  divide  the  chemical  equation  into  half-reactions  so  that  we 
can  identify  the  oxidation  and  the  reduction  processes.  We  then  use  the  definitions  of 
anode  and  cathode  and  the  other  terminology  summarized  in  Figure  20.6. 

Solve:  In  one  half-reaction,  Cr207~~(rti7)  is  converted  into  Cr  ̂ ~(aq).  Starting  with  these 
ions  and  then  completing  and  balancing  the  half-reaction,  we  have 

Cr20~:  (aq)  +  14  H+(aq)  +  6  e~   »  2  Cr3+(aq)  +  7  H20(/) 
In  the  other  half-reaction,  I  (aq)  is  converted  to  I2(s): 

6  r(aq)   >  3  I2(s)  +  6  e~ Now  we  can  use  the  summary  in  Figure  20.6  to  help  us  describe  the  voltaic  cell. 
The  first  half-reaction  is  the  reduction  process  (electrons  shown  on  the  reactant  side  of 
the  equation),  and  by  definition,  this  process  occurs  at  the  cathode.  The  second  half-re- 

action is  the  oxidation  (electrons  shown  on  the  product  side  of  the  equation),  which  oc- 
curs at  the  anode.  The  I  ions  are  the  source  of  electrons,  and  the  Cr20~~  ions  accept 

the  electrons.  Hence,  the  electrons  flow  through  the  external  circuit  from  the  electrode 
immersed  in  the  KI  solution  (the  anode)  to  the  electrode  immersed  in  the 

K2Cr207-H2S04  solution  (the  cathode).  The  electrodes  themselves  do  not  react  in  any 
way;  they  merely  provide  a  means  of  transferring  electrons  from  or  to  the  solutions. 
The  cations  move  through  the  solutions  toward  the  cathode,  and  the  anions  move  to- 

ward the  anode.  The  anode  (from  which  the  electrons  move)  is  the  negative  electrode, 
and  the  cathode  (toward  which  the  electrons  move)  is  the  positive  electrode. 

■1  PRACTICE  EXERCISE 

The  two  half-reactions  in  a  voltaic  cell  are 

Zn(s)   »  Zn:* (,;</)  +  2  e" 
C103  (aq)  +  6  H+(aq)  +  he  CI  (aq)  +  3  H20(/) 
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(a)  Indicate  which  reaction  occurs  at  the  anode  and  which  at  the  cathode,  (b)  Which 
electrode  is  consumed  in  the  cell  reaction?  (c)  Which  electrode  is  positive? 
Answers:  (a)  The  first  reaction  occurs  at  the  .mode,  the  second  reaction  at  the  cath- 

ode, (b)  The  anode  (Zn)  is  consumed  in  the  cell  reaction,  (c)  The  cathode  is  positive. 

ANIMATION 
Oxidation-Reduction  Reactions  Part  I 

.Atoms  in 
Zn  strip Cu  ions in  solution 

A  Molecular  View  of  Electrode 

Processes 

To  better  understand  the  relation- 

ship between  voltaic  cells  and  spon- 

taneous redox  reactions,  let's  look  at 
what  happens  at  the  atomic  or  mole- 

cular level.  The  actual  processes  in- 
volved in  the  transfer  of  electrons 

are  quite  complex;  nevertheless,  we 

can  learn  much  by  examining  these 
processes  in  a  simplified  way. 

Let's  first  consider  the  sponta- 
neous redox  reaction  between  Zn(s) 

and  Cu2+(aq),  illustrated  in  Figure 
20.3.  During  the  reaction  Zn(s)  is  oxidized  to  Zn  (aq)  and  Cu  (aq)  is  reduced  to 
Cu(s).  Figure  20.7  ►  shows  a  schematic  diagram  of  how  these  processes  occur  at 

the  atomic  level.  We  can  envision  a  Cu" +  ion  coming  into  contact  with  the  strip  of 
Zn  metal,  as  in  Figure  20.7(a).  Two  electrons  are  transferred  directly  from  a  Zn 

atom  to  the  Cu2  *  ion,  leading  to  a  Zn2 '  ion  and  a  Cu  atom.  The  Zn-"  ion  migrates 
away  into  the  aqueous  solution  while  the  Cu  atom  remains  deposited  on  the 
metal  strip  [Figure  20.7(b)).  As  the  reaction  proceeds,  we  produce  more  and  more 
Cu(s)  and  deplete  the  Cu   (aq),  as  we  saw  in  Figure  20.3(b). 

(a 

9 GIVE  IT  SOME  THOUGHT 

Zn(s) 

Which  Zn  atoms  in  the  strip  of  Zn  metal  are  primarily  involved  in  the  redox  reaction 

with  Cu2  "(aq),  the  surface  Zn  atoms  or  the  interior  Zn  atoms? 

The  voltaic  cell  in  Figure  20.5  is  also  based  on  the  oxidation  of  Zn(s)  and  the 

reduction  of  Cu   (aq).  In  this  case,  howev  er,  the  electrons  are  not  transferred  di- 
rectly from  one  reacting  species  to  the  other.  Figure  20.8  ▼  show  s  qualitatively 

what  happens  at  each  electrode.  At  the  surface  of  the  anode,  a  Zn  atom  "loses" 
two  electrons  and  becomes  a  Zn" f  (aq)  ion  in  the 
anode  compartment.  We  envision  the  two  elec- 

trons traveling  from  the  anode  through  the 
wire  to  the  cathode.  At  the  surface  of  the  cath- 

ode, the  two  electrons  reduce  a  Cu     ion  to  a 

Cu  atom,  which  is  deposited  on  the  cathode.  As 
we  noted  earlier,  the  flow  of  electrons  from  the 

anode  to  the  cathode  is  possible  only  if  ions  are 
transferred  through  the  salt  bridge  to  maintain 
overall  charge  balance  in  each  compartment. 

The  redox  reaction  between  Zn  and  Cu2+ 
is  spontaneous  regardless  of  whether  they 
react  directly  or  in  the  separate  compartments 
of  a  voltaic  cell.  In  each  case  the  overall  reac- 

tion is  the  same — only  the  path  by  which  the 
electrons  are  transferred  from  the  Zn  atom  to  a 

Cu2+  ion  is  different.  In  the  next  section  we  will 
examine  why  this  reaction  is  spontaneous. 

/it  ion 

(b) 

A  Figure  20.7   Atomic-level  depiction  of 
the  Zn(s)-CuJ  +  (oc/)  reaction.  The  water 
molecules  and  anions  in  the  solution  are  not 

shown,  (a)  A  Cu2  ion  comes  in  contact  with  the 
surface  of  the  Zn  strip  and  gains  two  electrons 
from  a  Zn  atom;  the  Cu2  ion  is  reduced,  and  the 
Zn  atom  is  oxidized,  (b)  The  resulting  Zn2  ion 
enters  the  solution,  and  the  Cu  atom  remains 
deposited  on  the  strip. 

▼  Figure  20.8  Atomic-level  depiction  of 
the  voltaic  cell  in  Figure  20.5.  At  the  anode  a 

Zn  atom  loses  two  electrons  and  becomes  a  Zn2 
ion;  the  Zn  atom  is  oxidized.  The  electrons  travel 
through  the  external  circuit  to  the  cathode.  At  the 
cathode  a  Cu2  ion  gains  the  two  electrons, 
forming  a  Cu  atom;  the  Cu2  ion  is  reduced.  Ions 
migrate  through  the  porous  barrier  to  maintain 
charge  balance  between  the  compartments. 

Anode 

Cu(s) 

r 

Cathode 

Porous  barrier 
or  salt  bridge 

> 

2e 
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20.4  |  Cell  EMF  Under  Standard  Conditions  

Why  do  electrons  transfer  spontaneously  from  a  Zn  atom  to  a  Cu2+  ion,  either 
directly  as  in  the  reaction  of  Figure  20.3  or  through  an  external  circuit  as  in  the 

voltaic  cell  of  Figure  20.4?  In  this  section  we  will  examine  the  "driv  ing  force" 
that  pushes  the  electrons  through  an  external  circuit  in  a  voltaic  cell. 

The  chemical  processes  that  constitute  any  voltaic  cell  are  spontaneous  in 

the  way  in  which  we  described  spontaneous  processes  in  Chapter  19.  In  a  sim- 
ple sense,  we  can  compare  the  electron  flow  caused  by  a  voltaic  cell  to  the  flow 

of  water  in  a  waterfall  (Figure  20.9  ▼).  Water  flows  spontaneously  ov  er  a  wa- 
terfall because  of  a  difference  in  potential  energy  between  the  top  of  the  falls 

and  the  stream  below.  In  a  similar  fashion,  electrons  flow  from 

the  anode  of  a  voltaic  cell  to  the  cathode  because  of  a  difference  in  potential  en- 

ergy The  potential  energy  of  electrons  is  higher  in  the  anode  than  in  the  cath- 
ode, and  they  spontaneously  flow  through  an  external  circuit  from  the  anode  to 

the  cathode. 

The  difference  in  potential  energy  per  electrical  charge  (the  potential  difference) 
between  two  electrodes  is  measured  in  units  of  volts.  One  volt  (V)  is  the  potential 

difference  required  to  impart  1  J  of  energy  to  a  charge  of  1  coulomb  (C). 

iv-ii Recall  that  one  electron  has  a  charge  of  1.60  x  10~1M  C. The  potential  difference  between  the  two  electrodes  of  a  voltaic  cell  provides 
the  driving  force  that  pushes  electrons  through  the  external  circuit.  Therefore, 

we  call  this  potential  difference  the  electromotive  ("causing  electron  motion") 
force,  or  emf.  The  emf  of  a  cell,  denoted  Ecen,  is  also  called  the  cell  potential. 
Because  Ece\\  is  measured  in  volts,  we  often  refer  to  it  as  the  cell  voltage.  For  any 

cell  reaction  that  proceeds  spontaneously,  such  as  that  in  a  voltaic  cell,  the  cell 

potential  will  be  positive. 
The  emf  of  a  particular  voltaic  cell  depends  on  the  specific  reactions  that 

occur  at  the  cathode  and  anode,  the  concentrations  of  reactants  and  products, 

and  the  temperature,  which  we  will  assume  to  be  25°C  unless  otherwise  noted. 

►  Figure  20.9  Water  analogy  for 
electron  flow.  The  flow  of  electrons  from  the 
anode  to  the  cathode  of  a  voltaic  cell  can  be 
likened  to  the  flow  of  water  over  a  waterfall. 
Water  flows  over  the  waterfall  because  its 
potential  energy  is  lower  at  the  bottom  of  the  falls 
than  at  the  top.  Likewise,  if  there  is  an  electrical 
connection  between  the  anode  and  cathode  of  a 
voltaic  ceil,  electrons  flow  from  the  anode  to  the 
cathode  in  order  to  lower  their  potential  energy. 

High 

potential I  energy Anode 
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In  this  section  we  will  focus  on  cells  that  arc  operated  at  25  C  under  stiindard  con- 
ditions. Recall  from  Section  19.5  that  standard  conditions  include  1  Al  concentra- 

tions for  reactants  and  products  in  solution  and  1  atm  pressure  for  those  that  are 
gases  (Table  19.3).  Under  standard  conditions  the  emf  is  called  the  standard  emf, 

or  the  standard  cell  potential,  and  is  denoted  E°eij.  l  or  the  Zn-Cu  voltaic  cell  in 
Figure  20.5,  for  example,  the  standard  cell  potential  at  25°C  is  +1.10  V. 

Zn(s)  +  Cu2+(aq,  1  M)   »  Zn2 '(</</,  I  M)  +  Cu(s)       E°e]]  =  +1.10  V 

Recall  that  the  superscript    indicates  standard-state  conditions. 

Q    GIVE  IT  SOME  THOUGHT 

A  certain  voltaic  cell  has  a  standard  cell  potential  of  •  0.85  V  at  25°C.  Does  this  mean 
the  redox  reaction  of  the  cell  is  spontaneous? 

Standard  Reduction  (Half-Cell)  Potentials 

The  emf  or  cell  potential  of  a  voltaic  cell  depends  on  the  particular  cathode  and 

anode  half-cells  involved.  We  could,  in  principle,  tabulate  the  standard  cell  po- 
tentials for  all  possible  cathode/anode  combinations.  However,  it  is  not  neces- 

sary to  undertake  this  arduous  task.  Rather,  we  can  assign  a  standard  potential  to 

each  individual  half-cell  and  then  use  these  half-cell  potentials  to  determine  /  ,  .  n . 
The  cell  potential  is  the  difference  between  two  electrode  potentials,  one  as- 

sociated with  the  cathode  and  the  other  associated  with  the  anode.  Bv  conven- 

tion, the  potential  associated  with  each  electrode  is  chosen  to  be  the  potential 
for  reduction  to  occur  at  that  electrode.  Thus,  standard  electrode  potentials  are 

tabulated  for  reduction  reactions;  they  are  standard  reduction  potentials,  de- 

noted E°0j.  The  cell  potential,  E°en,  is  given  by  the  standard  reduction  potential 
of  the  cathode  reaction,  E°ec)  (cathode),  minus  the  standard  reduction  potential  of 
the  anode  reaction,  E°ecj  (anode): 

Ecell  =  Ered  (cathode)  -  Er°ed  (anode)  [20.8] 

We  will  discuss  Equation  20. S  in  greater  detail  shortly. 

Because  every  voltaic  cell  involves  two  half-cells,  it  is  not  possible  to  mea- 
sure the  standard  reduction  potential  of  a  half-reaction  directly.  If  we  assign  a 

standard  reduction  potential  to  a  certain  reference  half-reaction,  however,  we 
can  then  determine  the  standard  reduction  potentials  of  other  half-reactions  rel- 

ative to  that  reference.  The  reference  half-reaction  is  the  reduction  of  H  (<?</)  to 
Hofx)  under  standard  conditions,  which  is  assigned  a  standard  reduction  po- 

tential of  exactly  0  V. 

2  H+(aq,  1  M)  +  2  e"    — »  H2(g,  1  atm)       E°ed  =  0  V  [20.9] 

An  electrode  designed  to  produce  this  half-reaction  is  called  a  standard 
hydrogen  electrode  (SHE),  or  the  normal  hydrogen  electrode  (NHE).  An  SI  II 
consists  of  a  platinum  wire  connected  to  a  piece  of  platinum  foil  covered  with 

finely  divided  platinum  that  serves  as  an  inert  surface  for  the  reaction.  I  he  elec- 
trode is  encased  in  a  glass  tube  so  that  hydrogen  gas  under  standard  conditions 

(1  atm)  can  bubble  over  the  platinum,  and  the  solution  contains  II  '(</</)  under 
standard  (1  M)  conditions  (Figure  20.10  ►). 

Figure  20.11  ►  shows  a  voltaic  cell  using  an  SHE  and  a  standard  Zn~  Zn 
electrode.  The  spontaneous  reaction  is  the  one  shown  in  Figure  20.1,  namely, 

the  oxidation  of  Zn  and  the  reduction  of  H  * . 

Zn(s)  +  2H>|)   >  Zn2+(aq)  +  H2(g) 

Notice  that  the  Zn  /Zn  electrode  is  the  anode  and  the  SHE  is  the  cathode  and 

that  the  cell  voltage  is  +0.76  V.  By  using  the  defined  standard  reduction 
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To  externa]  circuit 

▲  Figure  20.10  The  standard  hydrogen 
electrode  (SHE)  used  as  a  reference 
electrode,  (a)  An  SHE  consists  of  an  electrode 
with  finely  divided  Pt  in  contact  with  H2(g)  at 
1  atm  pressure  and  an  acidic  solution  with 
[rT]  =  1  M.  (b)  Molecular  depiction  of  the 
processes  that  occur  at  the  SHE.  When  the  SHE  is 

the  cathode  of  a  cell,  two  H ¥  ions  each  accept  an 
electron  from  the  Pt  electrode  and  are  reduced  to 
H  atoms.  The  H  atoms  bond  together  to  form  H2. 
When  the  SHE  is  the  anode  of  a  cell,  the  reverse 
process  occurs:  An  H2  molecule  at  the  electrode 
surface  loses  two  electrons  and  is  oxidized  to  H+. 
The  H^  ions  in  solution  are  hydrated. 

ANIMATION 

Voltaic  Cells  II:  The  Zinc-Hydrogen  Cell 

1  .it m  I  [2  (g) I'tatom     II  ion 

(a) 

Pt  wi 

1  M  H+  (aq) 

Pt  electrode 

H30+ion 

r 

molecule 

Reduction 

Oxidation 

potential  of  H+(E°ec)  =  0)  and  Equation  20.8,  we  can  determine  the  standard 
reduction  potential  for  the  Zn-+/Zn  half-reaction: 

£°fii  =  £°ed  (cathode)  -  E°e(j  (anode) 

+  0.76  V  -  0  V  -  E°ed  (anode) 

E°ed  (anode)  =  -0.76  V 

Thus,  a  standard  reduction  potential  of  -0.76  V  can  be  assigned  to  the  reduc- 
tion of  Zn    to  Zn. 

Zn2+(<?<7,  1  M)  4 
i  e 

Zn(s) 

Er°ed  =  -0.76  V 

We  write  the  reaction  as  a  reduction  even  though  it  is  "running  in  reverse"  as  an 
oxidation  in  the  cell  in  Figure  20.11.  Whenever  we  assign  a  potential  to  a  Imlf-reac- 
tion,  we  write  the  reaction  as  a  reduction. 

The  standard  reduction  potentials  for  other  half-reactions  can  be  estab- 
lished from  other  cell  potentials  in  a  fashion  analogous  to  that  used  for  the 

Zn2+/Zn  half-reaction.  Table  20.1  ►  lists  some  standard  reduction  potentials;  a 
more  complete  list  is  found  in  Appendix  E.  These  standard  reduction  poten- 

tials, often  called  half-cell  potentials,  can  be  combined  to  calculate  the  emfs  of  a 
large  variety  of  voltaic  cells. 

►  Figure  20.11  A  voltaic  cell  using  a 
standard  hydrogen  electrode. 

Switch 

Anode 

compartment 

Zn(s)   >  Zn:+  (aq)  +2e~     2  H  *  (aq)  +  2  e" 

H2(g) 

Cathode 

compartment 

(standard hydrogen electrode) 
H2(£) 
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TABLE  20.1    Standard  Reduction  Potentials  in  Water  at  25°C 

Potential  (V)  Reduction  Half-Reaction 

+  2.87 
F2(g)  +  2e  — ►  2 F  (aq) 

+1.5] 
Mn04  (aq)  -  8  11  (</(/)  -5c 

 ►  Mn2+(fl^)  +  4  H2G(/) 
+  1.36 Cl2(g)  -2c  — ►  2  CI  (aq) 
+  1.33 

Cr2072  (aq)  +14  11  (aq)  +  6  e 
 ►  2Cr''(*|)  +  7  H20(/) 

+  1.23 
02(g)  -  4  1 1  (aq)  f  4e 

2  H20(/) 

+ 1 .06 Br2(/)  +  2e  — >  2  Br  (aq) 
+0.96 N03  (aq)  +  4  1  V(aq)  l  3  e — >  NC%)  +  2  H20(/) 
+  0.80 

Ag+(aq)  +  e_    —  Ag(s) 
+  0.77 

Fe3+(fl^)  -  e"    — »  Fe2  '(<?</) 
+  0.68 

02(g)  1  2  H  (aq)  h  2e 
H2Q2(aq) 

+0.59 MnO,  (<«/)  -  2  1 120(/)  -  3c —  Mn02(s)  -  4  OH  (aq) 
+0.54 [2(s)  +  2e      —  2  1  (aq) 
+0.40 

02(g)  1  2  HzO(/)  -4c  — * 

4  Ol  1  (aq) 

+0.34 
Cu2+(rti/)  -  2  e  — >  Cu(s) 

0  [defined] 2  H  (,«/)  -2c  — *  H2(#) 
-0.28 Ni2'        1-  2e  — •  Ni(s) 
-0.44 

Fe2'  (</(/)  -2c  — >  Fe(s) 
-0.76 Zn2+(aq)  -2c      —  Zn(s) 
-0.83 2  H20(/)  '2c  — *  U2(g)  - 

2  0I1  (aq) 

-  ]  .66 Al3        +  3  c      — *  Al(s) 
-2.71 

No  'fix/)  -t  c  — ►  Na(s) 
-3.05 

Li  *~(aq)  +  e  — >  Li(s) 

Q    GIVE  IT  SOME  THOUGHT 

For  the  half-reaction  Cl2(<7)  +  2  e 
for  the  reactant  and  product? 

Because  electrical  potential  measures  potential  energy  per  electrical  charge, 
standard  reduction  potentials  are  intensive  properties.  In 
other  weirds,  if  we  increased  the  amount  of  substances  in  a  redox  reaction,  we 

would  increase  both  the  energy  and  charges  involved,  but  the  ratio  of  energy 

(joules)  to  electrical  charge  (coulombs)  would  remain  constant  (V  =  J/C).  Thus, 
changing  the  stoichiometric  coefficient  in  a  half-reaction  does  not  affect  the  value  of  the 

standard  reduction  potential.  For  example,  E°ecj  lor  the  reduction  of  50  Zn  is  the 
same  as  that  for  the  reduction  of  1  Zn  : 

50  Zn2 '(aq,  I  M)  +  100  e  — »50Zn(s)       E°ed  =  -0.76  V 

Earlier,  we  made  an  analogy  between  emf  and  the  flow  of  water  over  a  wa- 
terfall (Figure  20.9).  The  emf  corresponds  to  the  difference  in  height  between 

the  top  and  bottom  of  the  waterfall.  This  height  remains  the  same,  whether  the 
flow  of  water  is  large  or  small. 

J  ANIMATION 

2  CI  (aq),  what  are  the  standard  conditions  il   Slandard  Reductl0n  Potentials 

SAMPLE  EXERCISE  20.5  |  Calculating  fred  from  f^ell 

For  the  Zn-Cu    voltaic  cell  shown  in  Figure  20.5,  we  have 

Zn(s)  +  Cu2+(aq,  1  M)   >  Zn2+(aq,  1  M)  +  Cu(s)  E°en 10  V 
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Given  that  the  standard  reduction  potential  of  Zn2'  to  Zn(s)  is  -0.76  V,  calculate  the 
£°ed  f°r  the  reduction  of  Cu    to  Cu: 

Cu2+(aq,  1  M)  +  2  e~   *  Cu(s) 
Solution 

Analyze:  We  are  given  E°eii  and  E°e(j  for  Zn2'  and  asked  to  calculate  £°,d  for  Cu2'. 
Plan:  In  the  voltaic  cell,  Zn  is  oxidized  and  is  therefore  the  anode.  Thus,  the  given 

E°ed  for  Zn-1  is  E°ed  (anode).  Because  Cu"+  is  reduced,  it  is  in  the  cathode  half-cell. 
Thus,  the  unknown  reduction  potential  for  Cu2'  is  Errj  (cathode).  Knowing  E°e\\  and 
E°ed  (anode),  we  can  use  Equation  20.8  to  solve  for  E°ed  (cathode). Solve: 

£°ell  =  £°ed  (cathode)  -  E°L.j  (anode) 

l.lOV  =  £°ed  (cathode)  -  (-0.76  V) 

E°ed  (cathode)  =  1.10  V  -  0.76  V  =  0.34  V 
Check:  This  standard  reduction  potential  agrees  with  the  one  listed  in  Table  20.1. 

Comment:  The  standard  reduction  potential  for  Cu2'  can  be  represented  as 
£clt'  =  0-34  V,  and  that  for  Zn    as  Ezn:"  =  _0.76  V.  The  subscript  identifies  the  ion 
that  is  reduced  in  the  reduction  half-reaction. 

H  PRACTICE  EXERCISE 

A  voltaic  cell  is  based  on  the  half-reactions 

\n+(aq)   *  h\'(aq)  +  2  e 

Br2(Z)  +  2e"   >  2  Br  ~(aq) 

The  standard  emf  for  this  cell  is  1 .46  V.  Using  the  data  in  Table  20.1,  calculate  E°ed  for 
the  reduction  of  In    to  In+. 
Answer:  -0.40  V 

H  SAMPLE  EXERCISE  20.6  |  Calculating  E^n  from  Er°ed 
Using  the  standard  reduction  potentials  listed  in  Table  20.1,  calculate  the  standard  emf 
for  the  voltaic  cell  described  in  Sample  Exercise  20.4,  which  is  based  on  the  reaction 

Cr2072~(<7</)  +  14H+(rt(j)  +  6r(a<7)   *  2Cr3*(mj)  +  3I2(s)  +  7H20(/) 
Solution 
Analyze:  We  are  given  the  equation  for  a  redox  reaction  and  asked  to  use  data  in 
Table  20.1  to  calculate  the  standard  emf  (standard  potential)  for  the  associated  volta- 

ic cell. 

Plan:  Our  first  step  is  to  identify  the  half-reactions  that  occur  at  the  cathode  and  the 
anode,  which  we  did  in  Sample  Exercise  20.4.  Then  we  can  use  data  from  Table  20.1 
and  Equation  20.8  to  calculate  the  standard  emf. 
Solve:  The  half-reactions  are 

Cathode:  Cr2072~{nq)  +  14  H+(aq)  +  6  e~   >  2  Cr3+(aq)  +  7  H20(/) 

Anode:  6  l~{aq)  *  3  I2(s)  +  6  e~ 

According  to  Table  20.1,  the  standard  reduction  potential  for  the  reduction  of  C^Cv2- 
to  Cr 1+  is  +1.33  V,  and  the  standard  reduction  potential  for  the  reduction  of  I2  to  F 
(the  reverse  of  the  oxidation  half-reaction)  is  +0.54  V.  We  then  use  these  values  in 
Equation  20.8. 

E°ell  =  E°ed  (cathode)  -  E°ed  (anode)  =  1.33  V  -  0.54  V  =  0.79  V 

Although  the  iodide  half-reaction  at  the  anode  must  be  multiplied  by  3  in  order  to  ob- 
tain a  balanced  equation  for  the  reaction,  the  value  of  £°ej  is  not  multiplied  by  3.  As 

we  have  noted,  the  standard  reduction  potential  is  an  intensive  property,  so  it  is  in- 
dependent of  the  specific  stoichiometric  coefficients. 

Check:  The  cell  potential,  0.79  V,  is  a  positive  number.  As  noted  earlier,  a  voltaic  cell 
must  have  a  positive  emf  in  order  to  operate. 
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■i  PRACTICE  EXERCISE 

Using  ddta  in  Table  20.1,  calculate  the  standard  emf  for  a  cell  that  employs  the  fol- 
lowing overall  cell  reaction: 

2  Al(s)  +  3  I2(s)   '  2  AT  ■(,/,/)  •  hi  (aq) 
Answer:   ■  2.20  V 

We  tire  now  in  a  position  to  discuss  Equation  20. S  more  fully.  First  of  all,  we 

note  that  the  definition  ol  E°e||  =  E°ocj  (cathode)  /  (anode)  makes  sense 
from  Hess's  law.  Consider  again  the  redox  reaction  of  Figures 
20.3  and  20.4: 

Zn(s)  +  Cu2  (aq) Zn   (aq)  +  Cu(s) 

We  can  easily  write  this  as  the  sum  of  the  two  hall-reactions  as  follows,  and 

add  up  their  respective  E  's: 

Cu- '(aq)  +  2  c- 
Zn(s) 

Cu(s)  £c  =  E°d  =  +0.34  V 

Zn2+(aq)  +  2e~      E       -E°ed  =  -(-0.76  V)  =  +0.76  V 

Zn(s)  +  Cir  '(aq) Zn1  (aq)  -  Cu(s)    E°en  =  +1.10  V 

The  copper  half-reaction  is  a  reduction,  so  its  reduction  potential  is  the  same 
as  that  of  the  standard  table.  However,  the  zinc  half-reaction  is  an  oxidation,  but  in 
the  standard  table  it  is  written  as  a  reduction.  Therefore,  when  we  write  the  reduc- 

tion reaction  in  reverse  to  make  it  an  oxidation,  we  have  to  change  the  sign  ot  the 
reduction  potential.  This  is  just  what  we  do  with  A//  too  when  we  turn  a  reaction 
around:  We  flip  the  sign  of  A//.  Then,  finally,  when  we  add  the  reactions  up  to  get 

the  one  we  want,  we  just  add  up  the  potentials  for  the  half-reactions  that  go  with 
the  half-reactions  as  thev  are  written.  When  vou  recall  that  the  cathode  is  where  re- 

duction takes  place  and  the  anode  is  where  oxidation  takes  place,  vou  can  see  that 

E°e]]  =  E°ed  (cathode)  +  (— E°ed  (anode))  =  E°ec|  (cathode)  -  E°ecj  (anode). 
For  each  of  the  half-cells  in  a  voltaic  cell,  the  standard  reduction  potential 

provides  a  measure  of  the  driving  force  for  reduction  to  occur:  The  more  positive 

the  value  of  E°.,/,  the  greater  the  driving  force  for  reduction.  In  any  voltaic  cell  the  re- 
action at  the  cathode  has  a  more  positive  value  of  E°ecj  than  does  the  reaction  .it 

the  anode.  In  essence,  the  greater  driving  force  of  the  cathode  half-reaction  is 

used  to  force  the  anode  reaction  to  occur  "in  reverse,"  as  an  oxidation. 

Equation  20. S  tells  us  that  the  cell  potential,  E°eu,  is  the  difference  between 
the  standard  reduction  potential  of  the  cathode  half-reaction,  /  °ej  (cathode), 
and  that  of  the  anode  half-reaction,  E°ed  (anode).  We  can  interpret  E°ell  <ls  the 

"net  driving  force"  that  pushes  the  electrons  through  an  external  circuit.  Equa- 
tion 20.8  is  illustrated  graphically  in  Figure  20.12  ►,  in  which  the  standard  re- 

duction potentials  are  shown  on  a  scale,  with  more  positive  /  ,vj  values  higher 

on  the  scale  (as  in  Table  20.1 ).  In  any  voltaic  cell  the  cathode  half-reaction  is  the 
one  higher  on  the  scale,  and  the  difference  between  the  two  standard  reduction 

potentials  is  the  cell  potential.  Figure  20.13  ►  shows  the  specific  \  allies  of  /  ,vj 

for  the  Zn-Cu  voltaic  cell  in  Figure  20.3. 

GIVE  IT  SOME  THOI 

Is  the  following  statement  true  or  false?  The  smaller  the  difference  between  cathode 
and  anode  standard  reduction  potentials,  the  smaller  the  driving  force  for  the  overall 
redox  reaction. 

More 

positive C  athode 
(reduction  | 

E  reC|  (cathode 

E° 

.Anode 

(oxidation) E ,,  jtanodi 

Mere 

negatix  e 

A  Figure  20.12   Standard  cell  potential  of 
a  voltaic  cell.  The  cell  potential  measures  the 
difference  in  the  standard  reduction  potentials  of 
the  cathode  and  the  anode  reactions: 

fceii  =  fred  (cathode)     £ied  (anode).  In  a 
voltaic  cell  the  cathode  reaction  is  always  the  one 
that  has  the  more  positive  (or  less  negative)  value 
forf^d. 

More 

positive 
•  I)  U 

().7h 

Cu2 

•    2e    -  — Cu 
Cathode 

E°„l 

(  •  0.34)    (  0.76) 
=  t  1.10  V 

f  Anode 

Zn  - 

— /ir'   r  2e 

▲  Figure  20.13   Half-cell  potentials.  1  In 
half  cell  potentials  for  the  voltaic  cell  in  Figure 
20.5,  diagrammed  in  the  style  of  Figure  20.12. 
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H  SAMPLE  EXERCISE  20.7  |  From  Half-Reactions  to  Cell  EMF 

A  voltaic  cell  is  based  (in  the  following  two  standard  half-reactions: 

Cd2,(mj)  +  2e   *  Cd(s) 

Sn2>(?)  +  2e   »  Sn(s) 

By  using  the  data  in  Appendix  E,  determine  (a)  the  half-reactions  that  occur  at  the 
cathode  and  the  anode,  and  (b)  the  standard  cell  potential. 

Solution 

Analyze:  We  have  to  look  up  E°ed  for  two  half-reactions  and  use  these  values  to  pre- 
dict the  cathode  and  anode  of  the  cell  and  to  calculate  its  standard  cell  potential,  £°t.n . 

Plan:  The  cathode  will  have  the  reduction  with  the  most  positive  £°cd  value.  The 
anode  will  have  the  less  positive  £°od-  To  write  the  half-reaction  at  the  anode,  we  re- 

verse the  half-reaction  written  for  the  reduction. 

Solve:  (a)  According  to  Appendix  E,  £°.d(Cd2+/Cd)^  =  -0.403  V  and  £°.d(Sn2f/Sn)  = 
-0.136  V.  The  standard  reduction  potential  for  Sit+  is  more  positive  (less  negative) 
than  that  for  Cd  ;  hence,  the  reduction  of  Sn2'  is  the  reaction  that  occurs  at  the cathode. 

Cathode:  Sn2' (,?</)  +  2e~  ►  Sn(s) 
The  anode  reaction  therefore  is  the  loss  of  electrons  by  Cd. 

Anode:  Cd(s)   ►  Cd2'(aq)  +  2e~ 
(b)  The  cell  potential  is  given  by  Equation  20.8. 

Ecell  =  Ered  (cathode)  -  Er°ed  (anode)  =  (-0.136  V)  -  (-0.403  V)  =  0.267  V 

Notice  that  it  is  unimportant  that  the  £°ed  values  of  both  half-reactions  are  negative; 
the  negative  values  merely  indicate  how  these  reductions  compare  to  the  reference 

reaction,  the  reduction  of  H¥(aq). 
Check:  The  cell  potential  is  positive,  as  it  must  be  for  a  voltaic  cell. 

H  PRACTICE  EXERCISE 

A  voltaic  cell  is  based  on  a  Co2+/Co  half-cell  and  an  AgCl/Ag  half-cell. 
(a)  What  reaction  occurs  at  the  anode?  (b)  What  is  the  standard  cell  potential? 

Answers:  (a)  Co   >  Co2+  +  2  e~;  (b)  +0.499  V 

Strengths  of  Oxidizing  and  Reducing  Agents 

We  have  thus  far  used  the  tabulation  of  standard  reduction  potentials  to  examine 

voltaic  cells.  We  can  also  use  £°ecj  values  to  understand  aqueous  reaction  chemistry. 
Recall,  for  example,  the  reaction  between  Zn(s)  and  Cw+(nq)  shown  in  Figure  20.3. 

Zn(s)  +  Cu2+{aq)   *  Zn2+(aq)  +  Cu(s) 

Zinc  metal  is  oxidized  and  Cu2+(i?(/)  is  reduced  in  this  reaction.  These  sub- 
stances are  in  direct  contact,  however,  so  we  are  not  producing  usable  electrical 

work;  the  direct  contact  essentially  "short-circuits"  the  cell.  Nevertheless,  the 
driving  force  for  the  reaction  is  the  same  as  that  in  a  voltaic  cell,  as  in  Figure 

20.5.  Because  the  £°ed  value  for  the  reduction  of  Cu2+  (0.34  V)  is  more  positive 
than  the  E°ed  value  for  the  reduction  of  Zn2+(-0.76  V),  the  reduction  of  Cu^+(aq) 
by  Zn(s)  is  a  spontaneous  process. 

We  can  generalize  the  relationship  between  the  value  of  E°ed  ar*d  the  spon- 
taneity of  redox  reactions:  The  more  positive  Hie  E°ecj  value  for  a  half-reaction,  the 

greater  the  tendency  for  the  reactant  of  the  half-reaction  to  be  reduced  and,  therefore,  to 
oxidize  another  species.  In  Table  20.1,  for  example,  F2  is  the  most  easily  reduced 

species,  so  it  is  the  strongest  oxidizing  agent  listed. 

F2(g)  +  2  e" 

2F"(^)       E°ed  =  2.87  V 
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Among  the  most  frequently  used  oxidizing  agents 

are  the  halogens,  Oi,  and  oxyanions  such  as 

Mn04  ,  CrnOy^  ,  and  NO^  ,  whose  central  atoms 
have  high  positive  oxidation  states.  According  to 
Table  20.1,  all  these  species  undergo  reduction  with 

large  positive  v  alues  of  /  recj. 
Lithium  ion  (Li  )  is  the  most  difficult  species  to 

reduce  and  is  therefore  the  poorest  oxidizing  agent: 

Strongest 
oxidizing  agent 

Most  p 
itive  values  of  E 

Li '  ((/(/)  +  e 
E°h  =  -3.05  V 

Because  Li  is  so  difficult  to  reduce,  the  rev  erse  re- 

action, the  oxidation  of  Li(s)  to  Li  '(</</),  is  a  highly 
favorable  reaction.  The  half-reaction  with  the  smallest 
reduction  potential  is  most  easily  reversed  as  an  oxida- 

tion. Thus,  lithium  metal  has  a  great  tendenc)  to 
transfer  electrons  to  other  species.  In  water,  Li  is  the 

strongest  reducing  agent  among  the  substances  list- 
ed in  Table  20.1. 

Commonly  used  reducing  agents  include  H2 
and  the  active  metals  such  as  the  alkali  metals  and 
the  alkaline  earth  metals.  Other  metals  whose 

cations  have  negative  E^i  values — Zn  and  Fe,  for 

example — are  also  used  as  reducing  agents.  Solu- 
tions of  reducing  agents  are  difficult  to  store  for  ex- 

tended periods  because  of  the  ubiquitous  presence 

of  Ot,  a  good  oxidizing  agent.  Lor  example,  developer  solutions  used  in  pho- 
tography are  mild  reducing  agents;  they  have  only  a  limited  shelf  life  because 

they  are  readilv  oxidized  bv  02  from  the  air. 

The  list  of  E°ec)  values  in  Table  20. 1  orders  the  ability  of  substances  to  act  as 
oxidizing  or  reducing  agents  and  is  summarized  in  Figure  20.14  A.  The  sub- 

stances that  are  most  readilv  reduced  (strong  oxidizing  agents)  are  the  reactants 

on  the  top  left  of  the  table.  Their  products,  on  the  top  right  ot  the  table,  are  oxi- 
dized with  difficulty  (weak  reducing  agents).  I  he  substances  on  the  bottom  lett 

of  the  table  are  reduced  with  difficulty,  hut  their  products  are  readilv  oxidized. 
This  inverse  relationship  between  oxidizing  and  reducing  strength  is  similar  to 

the  inverse  relationship  between  the  strengths  of  conjugate  acids  and  bases. 
(Section  Id. 2  ai 

To  help  you  remember  the  relationships  between  the  strengths  of  oxidizing 
and  reducing  agents,  recall  the  verv  exothermic  reaction  between  sodium  metal 

and  chlorine  gas  to  form  sodium  chloride  (Figure  S.2).  In  this  reaction  CL(\')  is 
reduced  (it  serves  as  a  strong  oxidizing  agent)  and  Na(s)  is  oxidized  (it  serv  es  as 

a  strong  reducing  agent).  The  products  of  this  reaction — Na  '  and  CI  ions — are 
very  weak  oxidizing  and  reducing  agents,  respectively. 

Most  negative  values  of  £ 

Strongest 
reducing 

agent 

▲  Figure  20.14   Relative  strengths  of 
oxidizing  agents.  The  standard  reduction 
potentials,  E,ed,  listed  in  Table  20.1  are  related  to 
the  ability  of  substances  to  serve  as  oxidizing  or 
reducing  agents.  Species  on  the  left  side  of  the 
half-reactions  can  act  as  oxidizing  agents,  and 
those  on  the  right  side  can  act  as  reducing  agents 
As  Frej  becomes  more  positive,  the  species  on  the 
left  become  stronger  and  stronger  oxidizing 

agents.  As  f^e(j  becomes  more  negative,  the 
species  on  the  right  become  stronger  and 
stronger  reducing  agents. 

M  SAMPLE  EXERCISE  20.8  |  Determining  the  Relative  Strengths  of  Oxidizing 

Agents 

I' sing  Table  20. 1 ,  rank  the  follow  ing  ions  in  order  ol  ini  leasing  strength  as  oxidizing 
agents:  NOi,~(aq),  Ag+(m/),  Cr2Oy2'(nq). 
Solution 

Analyze:  We  are  given  sev  eral  ions  and  asked  to  rank  their  abilities  to  act  as  oxidiz- 
ing agents. 

Plan:  The  more  readilv  an  ion  is  reduced  (the  more  positive  its  t',^  value),  the 
stronger  it  is  as  an  oxidizing  agent. 
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Solve:  From  Table  20.1 ,  we  have 
NO,  (acj) 

+  4  H  (aq)  +  3e" 

— >  NO(g)  +  2  H20(/) 

F°  — 

+0.96  V 

Ag  (aq)  +  e 

 *  Ag(s) 

F°  — 

+0.80  V 

Cr:072  + 
14  H  (aq)  +  6e 

 ►  2  Cr1  •(/?,/)  +  7H20(/) 

E?ed  = 

+  1.33  V 

Because  the  standard  reduction  potential  of  Cr2Oy2  is  the  most  positive,  O2O72  is  the 
strongest  oxidizing  agent  of  the  three.  The  rank  order  is  AgH  <  NO,    <  Cr20~2  . 

■i  PRACTICE  EXERCISE 

Using  Table  20.1,  rank  the  following  species  from  the  strongest  to  the  weakest  reduc- 
ing agent:  I  {aq),  Fe(s),  Al(s). 

Answer:  Al(s)  >  Fe(s)  >  I  (aq) 

20.5  I  Free  Energy  and  Redox  Reactions 

We  have  observed  that  voltaic  cells  use  redox  reactions  that  proceed  spontaneous- 
ly. Any  reaction  that  can  occur  in  a  voltaic  cell  to  produce  a  positive  emf  must  be 

spontaneous.  Consequently,  it  is  possible  to  decide  whether  a  redox  reaction  will 

be  spontaneous  by  using  half-cell  potentials  to  calculate  the  emf  associated  with  it. 
The  following  discussion  will  pertain  to  general  redox  reactions,  not  just  re- 

actions in  voltaic  cells.  Thus,  we  will  make  Equation  20.8  more  general  bv  writ- 

ing it  as 

E°  =  E°ec|  (reduction  process)  -  E°t,j  (oxidation  process)  [20.10] 

In  modifying  Equation  20.8,  we  have  dropped  the  subscript  "cell"  to  indicate 
that  the  calculated  emf  does  not  necessarily  refer  to  a  voltaic  cell.  Similarly,  we 
have  generalized  the  standard  reduction  potentials  on  the  right  side  of  the 

equation  by  referring  to  the  reduction  and  oxidation  processes,  rather  than  the 

cathode  and  the  anode.  We  can  now  make  a  general  statement  about  the  spon- 
taneity of  a  reaction  and  its  associated  emf,  E:  A  positive  value  of  E  indicates  a 

spontaneous  process,  and  a  negative  value  of  E  indicates  a  nonspontaneous  one.  We 

will  use  E  to  represent  the  emf  under  nonstandard  conditions,  and  E°  to  indi- 
cate the  standard  emf. 

MM  SAMPLE  EXERCISE  20.9  |  Spontaneous  or  Not? 

Using  standard  reduction  potentials  (Table  20.1),  determine  whether  the  following  reactions  are  spontaneous  under  standard 
conditions. 

(a)  Cu(s)  +  2  H  '(nq)   »  Cir'(aq)  +  H2(g) 
(b»  C\2(g)  +  2  I  '(aq)   >  2C\~(aq)  +  I2(s) 

Solution 

Analyze:  We  are  given  two  equations  and  must  determine  whether  or  not  each  is  spontaneous. 
Plan:  To  determine  whether  a  redox  reaction  is  spontaneous  under  standard  conditions,  we  first  need  to  write  its  reduction  and 

oxidation  half-reactions.  We  can  then  use  the  standard  reduction  potentials  and  Equation  20.10  to  calculate  the  standard  emf,  E°, 
for  the  reaction.  If  a  reaction  is  spontaneous,  its  standard  emf  must  be  a  positive  number. 

Solve:  (a)  In  this  reaction  Cu  is  oxi- 

dized to  Cu  and  H'  is  reduced  to 
H2.  The  corresponding  half-reactions  Reduction' and  associated  standard  reduction 

potentials  are  Oxidation: 

2HT((H|)  +  2( 
Cu( 

H2(g) 

Cu2^  (aq)  +  2  e~ 

Er°ed  =  0  V 

£°ed  =  +0.34  V 

Notice  that  lor  the  oxidation,  we  use 
the  standard  reduction  potential 
from  Table  20.1  tor  the  reduction  of 

Cu  to  Cu.  We  now  calculate  E°  by 
using  Equation  20. It): 

£°  =  E°,d  (reduction  process)  -  E°t,d  (oxidation  process) 

=  (0  V)  -  (0.34  V)  =  -0.34  V 
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Because  £c  is  negative,  the  reaction 
is  not  spontaneous  in  the  direction 
written.  Copper  metal  does  not  react 
with  acids  in  this  fashion.  The  re- 

verse reaction,  however,  is  sponta- 
neous and  would  have  an  /  ot 

+0.34  V:  Cu2H  (aq)  -  H2(g)   ►  Cu(s)  +  2  11  (aq)       E   =  +0.34  V 
Cu~  can  be  reduced  by  H2. 

(b)  We  follow  a  procedure  analo-  Reduction:  Cl2(g)  +  2e  — "2 CI  (aq)  E°ed  =  +1.36  V 
gous  to  that  in  (a):  Oxidation:  2  I  (aq)  ►  I2(s)  -  2e       E°d  =  +0.34  V 

In  this  case  £°  =  (1.3b  V)  -  (0.34  V)  =  +0.82  V 

Because  the  value  of  /    is  positive,  this  reaction  is  spontaneous  and  could  be  used  to  build  a  voltaic  cell. 

■■  PRACTICE  EXERCISE 

Using  the  standard  reduction  potentials  listed  in  Appendix  E,  determine  which  of  the  following  reactions  are  spontaneous  under 
standard  conditions: 

(a)  I2(s)  +  5Cir  (*/)  +  6  HzO(/)   *  2  I03  (aq)  +  5Cu(s)  +  12  H  (aq) 
(b)  Hg2+(aq)  +  2  I  (aq)   ►  Hg(/)  +  l2(s) 
(c)  H2S03(aq)  +  2Mn(s)  +  4  H+(aq)   ►  S(s)  f  2  Mnz+(aq)  H  3  H20(/) 

Answer:  Reactions  (b)  and  (c)  are  spontaneous. 

We  can  use  standard  reduction  potentials  to  understand  the  activity  series 
of  metals.  i  Recall  that  any  metal  in  the  activity  series  will  be 
oxidized  by  the  ions  of  any  metal  below  it.  We  can  now  recognize  the  origin  of 

this  rule  on  the  basis  of  standard  reduction  potentials.  The  activity  series,  tabu- 
lated in  Table  4.5,  consists  of  the  oxidation  reactions  of  the  metals,  ordered  from 

the  strongest  reducing  agent  at  the  top  to  the  weakest  reducing  agent  at  the  bot- 

tom. (Thus,  the  ordering  is  "flipped  over"  relative  to  that  in  Table  20.1.)  For  ex- 
ample, nickel  lies  above  silver  in  the  activity  series.  We  therefore  expect  nickel 

to  displace  silver,  according  to  the  net  reaction 

Ni(s)  +  2  Ag '(,/,/)   >  Nr'diq)  +  2  Ag(s) 

In  this  reaction  Ni  is  oxidized  and  Ag  is  reduced.  Therefore,  using  data  from 
Table  20.1,  the  standard  emf  for  the  reaction  is 

E°  =  £°ed(Ag+/Ag)  -  E?ed(Ni2+/Ni) 

-  (+0.S0V)  -  (-0.28  V)  =  +1.08  V 

The  positive  value  of  E  indicates  that  the  displacement  of  silver  bv  nickel  is  a 

spontaneous  process.  Remember  that  although  the  silver  half-reaction  is  multi- 
plied by  2,  the  reduction  potential  is  not. 

Q    GIVE  IT  SOME  THOUGHT 

Based  on  Table  4.5,  which  is  the  stronger  reducing  agent,  Hg(/)  or  Pb(s)? 

EMF  and  AC 

The  change  in  Gibbs  free  energy,  AC,  is  a  measure  of  the  spontaneity  of  a 
process  that  occurs  at  constant  temperature  and  pressure. 

Because  the  emf,  £,  of  a  redox  reaction  indicates  whether  the  reaction  is  sponta- 
neous, the  relationship  between  emf  and  the  free-energy  change  is 

AG  =  -nFE [20.11] 
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▲  Figure  20.15   Michael  Faraday.  Faraday 
(1791-1867)  was  born  in  England,  a  child  of  a  poor 
blacksmith.  At  the  age  of  14  he  was  apprenticed  to 
a  bookbinder  who  gave  Faraday  time  to  read  and 
to  attend  lectures.  In  1812  he  became  an  assistant 

in  Humphry  Davy's  laboratory  at  the  Royal 
Institution.  He  succeeded  Davy  as  the  most  famous 
and  influential  scientist  in  England,  making  an 
amazing  number  of  important  discoveries, 
including  his  formation  of  the  quantitative 
relationships  between  electrical  current  and  the 
extent  of  chemical  reaction  in  electrochemical  cells. 

In  this  equation  //  is  a  positive  number  without  units  that  represents  the  num- 

ber of  electrons  transferred  in  the  reaction.  The  constant  F  is  called  Faraday's 
constant,  named  after  Michael  Faraday  (Figure  20.15  M).  Faraday's  constant  is 
the  quantity  of  electrical  charge  on  one  mole  of  electrons.  This  quantity  of 
charge  is  called  a  faraday  (F). 

1  F  =  96,485  C/mol  =  96,485  J/V-mol 

The  units  of  AG  calculated  by  using  Equation  20.11  are  J/mol;  as  in  Equation  19.21, 

we  use  "per  mole"  to  mean  "per  mole  of  reaction  as  written." 
Both  n  and  F  are  positive  numbers.  Thus,  a  positive  value  of  F  in  Equation 

20.11  leads  to  a  negativ  e  value  of  AC.  Remember:  A  positive  value  ofE  and  a  neg- 
ative value  of  AG  both  indicate  that  a  reaction  is  spontaneous.  When  the  reactants 

and  products  are  all  in  their  standard  states,  Equation  20.11  can  be  modified  to 

relate  AG  and  E°. 
AC°  -;;FF [20.12] 

Equation  20.12  is  very  important.  It  relates  the  standard  emf,  E°,  of  an  elec- 
trochemical reaction  to  the  standard  free-energy  change,  AG0,  for  the  reaction. 

Because  AG°  is  related  to  the  equilibrium  constant,  K,  for  a  reaction  by  the  ex- 
pression AG0  =  —RTlnK  (Section  b'.7  i,  we  can  relate  the  standard  emf  to 

the  equilibrium  constant  for  the  reaction. 

WM  SAMPLE  EXERCISE  20.10  |  Determining  AC  and  K 

(a)  Use  the  standard  reduction  potentials  listed  in  Table  20.1  to  calculate  the  standard  free-energy  change,  AG"',  and  the  equi- 
librium constant,  K,  at  room  temperature  (T  =  248  K)  for  the  reaction 

4  Ag(s)  +  02(g)  +  4  H+(aq)   ►  4  Ag+(aq)  +  2  H20(/) 

(b)  Suppose  the  reaction  in  part  (a)  was  written 

2Ag(s)  +  \  02(g)  +  2H+(aq)   >  2Ag+(aq)  +  H20(Z) 

What  are  the  values  of  E°,  AC  ,  and  K  when  the  reaction  is  written  in  this  way? 
Solution 

Analyze:  We  are  asked  to  determine  AC:  and  K  for  a  redox  reaction,  using  standard  reduction  potentials. 
Plan:  We  use  the  data  in  Table  20.1  and  Equation  20.10  to  determine  E:  for  the  reaction  and  then  use  £°  in  Equation  20.12  to  cal- 

culate AC  .  We  will  then  use  Equation  14.22,  AC   =  -RT  In  K,  to  calculate  K. 

Solve:  (a)  We  first  calculate  /  by 
breaking  the  equation  into  two  half- 
reactions,  as  we  did  in  Sample  Exer- 

cise 20.9,  and  then  obtain  £°t,j  values 
from  Table  20.1  (or  Appendix  E):  Reduction:        02(g)  +  4  H+(aq)  +  4  e~   >  2  H;0(/)  E°ed  =  +1.23  V 

Oxidation:  4  Ag(s)   >  4  Ag'(aq)  +  4  e"       E°ed  =  +0.80  V 

Even  though  the  second  half-reaction  has  4  Ag,  we  use  the  £ 

Using  Equation  20.10,  we  have 

The  half-reactions  show  the  transfer 
of  four  electrons.  Thus,  for  this  reac- 

tion n  =  4.  We  now  use  Equation 
20.12  to  calculate  AC°: 

The  positive  value  of  £ "  leads  to  a  negative  value  of  AG°. 

value  directly  from  Table  20.1  because  emf  is  an  intensive  property. 

E°  =  (1.23  V)  -  (0.80  V)  =  0.43  V 

AG°  =  -;;FE: 

=  -(4)(96,485J/V-mol)(+0.43)  V 

=  -1.7  X  105  J/mol  =  -170kJ/mol 
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Now  we  need  to  calculate  the  equilib- 
rium constant,  K,  using  AG0  =  -RT 

In  K.  Because  AC  is  a  large  negative 
number,  which  means  the  reaction  is 
thermodynamically  very  favorable, 
we  expect  K  to  be  large. 

AG   =  -RT  In  K 

-1.7  x  HC  J  mol  =  -(8.314  1  K  mol)  (298  K)  In  K 
-1.7  x  ltr  |  mol 

-(8.314  J  K  mol)(298K) 

In  K  =  69 

K  =  9X  1029 
K  is  indeed  very  large!  This  means  that  we  expect  silver  metal  to  oxidize  in  acidic  environments,  in  air,  to  Ag+.  Notice  that  the 
voltage  calculated  for  the  reaction  was  0.43  V,  which  is  easy  to  measure.  Directly  measuring  such  a  large  equilibrium  constant  by 
measuring  reactant  and  product  concentrations  at  equilibrium,  on  the  other  hand,  would  be  very  difficult. 

(b)  The  ov  erall  equation  is  the  same 
as  that  in  part  (a),  multiplied  by  ̂ 
The  halt-reactions  ore 

The  values  of  /  ,,.  ■  are  the  same  as 
they  were  in  part  (a);  they  are  not 
changed  by  multiplying  the  hall- 
reactions  by  \ .  Thus,  /  has  the  same 
value  as  in  part  (a): 

Notice,  though,  that  the  value  of  " 
has  changed  to  n  =  2,  which  is  [  the 
value  in  part  (a).  Thus,  AG  is  half  as 
large  as  in  part  (a ). 

Now  we  can  calculate  K  as  before: 

Reduction: 

( )xidation: \02(g)  *  2  H+(aq)  +  2e 2  Ag(s) H2( )(/) 

2  Ag  (aq)  -  2  e 

•rod 

0.S0  V 

F  =  +0.43  V 

AG        -(2)(96,485J/V-mol)(+0.43  V)        S3  kj  mol 

-S.3  x  104J  mol  =  -(8.3141  K  mol)(298  K)  In  K 
K  =  3.5 

10' 

Comment:  £'  is  an  intensive  quantity,  so  multiplying  a  c  hemical  equation  by  a  certain  factor  w  ill  not  affec  I  tin-  \  alue  of  I  .  Multi- 
plying an  equation  will  change  the  value  of  n,  however,  and  hence  the  value  ot  AG  .  The  change  in  tree  energy,  in  units  ol  |  mol 

of  reaction  as  written,  is  an  extensive  quantity.  The  equilibrium  constant  is  ,ilso  an  extensive  quantity 

■■  PRACTICE  EXERCISE 

For  the  reaction 

3  Ni- '(aq)  +  2Cr(OHh(s)  +  10  OH  (/?</) 3  Ni(s)  +  2  Cr042  Uiq)  f  S 

(a)  What  is  the  value  of  n?  (b)  Use  the  data  in  .Appendix  E  to  calculate  AG  .  (c)  C  alculate  K  at  7 

Answers:  (a)  h,  (b)  +  S7  kj  mol,  (c)  K  =  h  ■  10  1,1 

I20(/) 

298  K. 

20.6  I  Cell  EMF  Under  Nonstandard  Conditions 

We  have  seen  how  to  calculate  the  emf  of  a  cell  when  the  reactants  and  products 

are  under  standard  conditions.  As  a  voltaic  cell  is  discharged,  however,  the  re- 
actants iif  the  reaction  are  consumed  and  the  products  are  generated,  so  the 

concentrations  of  these  substances  change.  The  emf  progressively  drops  until 

£  =  0,  at  which  point  we  say  the  cell  is  "dead."  At  that  point  the  concentrations 
of  the  reactants  and  products  cease  to  change;  they  are  at  equilibrium.  In  this 
section  we  will  examine  how  the  cell  emf  depends  on  the  concentrations  of  the 

reactants  and  products  of  the  cell  reaction.  The  emf  generated  under  nonstan- 
dard conditions  can  be  calculated  by  using  an  equation  first  derived  by  Walther 

Nernst  (1864-1941),  a  German  chemist  who  established  many  of  the  theoretical 
foundations  of  electrochemistry. 
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The  Nernst  Equation 

The  dependence  of  the  cell  emf  on  concentration  can  be  obtained  from  the 

dependence  of  the  free-energy  change  on  concentration. 

Recall  that  the  free-energy  change,  AC,  is  related  to  the  standard  free-energy 

change,  AC°: 
AC  =  AC°  +  RT  In  Q  [20.13] 

The  quantity  Q  is  the  reaction  quotient,  which-has  the  form  of  the  equilibrium- 
constant  expression  except  that  the  concentrations  are  those  that  exist  in  the  re- 

action mixture  at  a  given  moment. 

Substituting  AG  =  -nFE  (Equation  20.11)  into  Equation  20.13  gives 

-nFE  =  -nFE'  +  RT  In  Q 

Solving  this  equation  for  E  gives  the  Nernst  equation: 

RT 
activity  E  =  E°  -\nQ  |20.14] Nernst  Equation  "F 

This  equation  is  customarily  expressed  in  terms  of  common  (base  10)  loga- 
rithms, which  is  related  to  natural  logarithms  bv  a  factor  of  2.303: 

2.303  RT 

E  =  E°  "T^  logQ  I20-"'5! 

At  T  =  298  K  the  quantity  2.303  RT  F  equals  0.0592,  with  units  of  volts  (V),  and 
so  the  equation  simplifies  to 

0.0592 
E  =  E°  —  log  Q       (T  =  298  K)  [20.16] 

We  can  use  this  equation  to  find  the  emf  produced  by  a  cell  under  nonstandard 

conditions  or  to  determine  the  concentration  of  a  reactant  or  product  by  mea- 
suring the  emf  of  the  cell. 

To  show  how  Equation  20.16  might  be  used,  consider  the  following  reac- 
tion, which  we  discussed  earlier: 

Zn(s)  +  Cu2+(aq)   *  Zn2~{aq)  +  Cu(s) 

In  this  case  n  =  2  (two  electrons  are  transferred  from  Zn  to  Cu2~)  and  the  stan- 
dard emf  is  +1.10  V.  Thus,  at  298  K  the  Nernst  equation  gives 

0.0592  V  [Zn2^] 
E  =  1.10V  log1 — ^  20.17 

2  8[Cu2+] 

Recall  that  pure  solids  are  excluded  from  the  expression  for  Q. 

According  to  Equation  20.17,  the  emf  increases  as  [Cu2~]  increases  and  as 
[Zn2^]  decreases.  For  example,  when  [Cu2~]  is  5.0  M  and  [Zn2+]  is  0.050  M,  we have 

w     0.0592  V,    /  0.050  \ E-UOV-— -log(— ) 

0.0592  V 
=  1.10V  (-2.00)  =  1.16V 

Thus,  increasing  the  concentration  of  the  reactant  (Cir+)  and  decreasing  the  con- 
centration of  the  product  (Zn_+)  relative  to  standard  conditions  increases  the 

emf  of  the  cell  (E  =  +1.16  V)  relative  to  standard  conditions  (E°  =  +1.10  V). 

We  could  have  anticipated  this  result  by  applving  Le  Chatelier's  principle. 
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In  general,  if  the  concentrations  of  reactants  increase  relative  to  those  of 

products,  the  emf  increases.  Conversely,  if  the  concentrations  of  products  in- 
crease relative  to  reactants,  the  emf  decreases.  As  a  voltaic  cell  operates,  reac- 

tants are  converted  into  products,  which  increases  the  \  alue  of  (J  and  decreases 
the  emf.  The  Nernst  equation  helps  us  understand  why  the  emf  of  a  voltaic  cell 
drops  as  the  cell  discharges:  As  reactants  are  converted  to  products,  the  value  ot 

Q  increases,  so  the  value  of  E  decreases,  eventually  reaching  £  =  0.  Because 
AC  -  nFE  (Equation  20.11),  it  follows  that  AG  =  0  when  £  0.  Recall  that  a 
system  is  at  equilibrium  when  AG     0.  Ihus,  w  hen  /    =  0, 
the  cell  reaction  has  reached  equilibrium,  and  no  net  reaction  is  occurring. 

Wm  SAMPLE  EXERCISE  20.11  |  Voltaic  Cell  EMF  Under  Nonstandard  Conditions 

Calculate  the  emf  at  2^<S  K  generated  by  the  cell  described  in  Sample  Exercise  20.4 

when  [Cr;072  ]  =  2.0M,[H+]  =  I.0M,[]  ]  -  1.0  M,  and  |Crv]  -  1.0  ■  10  M. 

Cr:072  («<7)  4  14  1 !  (/«/)  *  61  (aq)   *  2Cr3+(fl<?)  *  3  I2(s)  +  7H20(/) 
Solution 

Analyze:  We  are  given  a  chemical  equation  for  a  voltaic  cell  and  the  concentrations 
of  reactants  and  products  under  which  it  operates.  We  are  asked  to  calculate  the  emf 
of  the  cell  under  these  nonstandard  conditions 
Plan:  To  calculate  the  emf  ot  a  cell  under  nonstandard  conditions,  we  use  the  Nernst 
equation  in  the  form  of  Equation  20.16. 
Solve:  We  first  calc  ulate  E  for  the  cell  from  standard  rediu  tion  potentials  (  Table  20. 1 
or  Appendix  E).  The  standard  emf  for  this  reaction  was  cal(  ulated  in  Sample  Exercise 

20.6:  E°  =  0.74  V.  As  vou  will  see  if  you  refer  back  to  that  exercise,  the  balanced  equa- 
tion shows  six  electrons  transferred  from  reducing  agent  to  oxidizing  agent,  so  n  =  6. 

The  reaction  quotient,  Q,  is 

[Cr3+]2  (1.0  <  10  V  M 
Q  =   ^  TTi  7  =  iT^-h  =  5.0  x  10  11 
~     [Cr2072  |[H+]14N  |"     (2.0)1  l.0)14(1.0)6 

Using  Equation  20. 1  o,  we  have 

0.0592  V  . , 
£  =  0.79  V  log(5.0  x  10  "  ) 

0.0592  V 
=  0.79  V  -10.30 6 

=  0.79  V  +  0.10  V  =  0.89  V 

Check:  This  result  is  qualitatively  what  we  expect:  Because  the  concentration  of 

Cr^Oy"  (a  reactant)  is  greater  than  I  M  and  the  concentration  of  Cr  (a  product)  is 
less  than  I  M,  the  emf  is  greater  than  E°.  Q  is  about  10  ,  so  log  Q  is  about  10  Ihus, 
the  correction  to  £  is  about  0.06  -  (  10)/6,  which  is  0.1,  in  agreement  with  the  more 
detailed  calculation. 

H  PRACTICE  EXERCISE 

Calculate  the  emf  generated  by  the  cell  described  in  the  practice  exercise  accompan)  - 
ing  Sample  Exercise  20.(->  when  [AT  j  =  4.0  <  10  3  M  and  [1  ]  =  0.010  M. 
Ansivcr:  E  =  +2.36  V 

■  SAMPLE  EXERCISE  20.12  |  Concentrations  in  a  Voltaic  Cell 

If  the  voltage  of  a  Zn-H  cell  (like  that  in  Figure  20.1 1 )  is  0.45  V  at  25  C  when  [Zn2+]  =  1.0  A 1  and  PH,  =  1.0  atm,  what  is  the  con- centration of  H  ? 

Solution 

Analyze:  We  are  given  a  description  of  a  voltaic  cell,  its  emf,  and  the  concentrations  of  all  reactants  and  products  except  I  I  . 
which  we  are  asked  to  calculate. 

Plan:  First,  we  write  the  equation  for  the  cell  reaction  and  use  standard  reduction  potentials  from  Table  20. 1  to  <  ah  ulate  /  lor  the  re- 
action. After  determining  the  value  of  //  from  our  reaction  equation,  we  sok  e  the  Nernst  equation  for  Q.  Finally,  we  use  the  equation  for 

the  cell  reaction  to  write  an  expression  for  Q  that  contains  [ H  '  ]  to  determine  |  II  ]. 
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Solve:  Thecell  reactionis  Zn(s)  +  2  H  '(aq)   »  Zn2"((;i/)  +  H2(g) 

The  standard  emf  is  £°  =  £°ed  (reduction)  -  £°ed  (oxidation) 
=  0  V  -  (-0.76  V)  =  +0.76  V 

Because  each  Zn  atom  loses  two- 
electrons,  n  =  2 

Using  Equation  20.16,  we  can  solve  0.0592  V 

for  Q:  (US  V  =  0  76  V  Y~  '°8  Q 

loeQ  =  (0.76  V  -  0.45  V)(       2      )  =  10.47 

hV  V  0.0592  V/ 

q  =  1010  47  =  3  q  x  jqIO 

Q  has  the  form  of  the  equilibrium  [Zn2+]Pn,      (1  0)(  1  0) constant  for  the  reaction  Q  =   — -  =  — :  —  =  3.0  x  101() 

[H]2  [HI2 

Solving  tor  [H  *  |,  we  have  ,( {  p  =       10       =  3  3  x  10_n 

3.0  X  1010 
[H '  ]  =  V3.3  x  10"n  =  5.8  x  10  6  M 

Comment:  A  voltaic  cell  whose  cell  reaction  involves  H+  can  be  used  to  measure  [FT  ]  or  pH.  A  pH  meter  is  a  specially  designed 
voltaic  cell  with  a  voltmeter  calibrated  to  read  pH  directly. 

Hi  PRACTICE  EXERCISE 

What  is  the  pH  of  the  solution  in  the  cathode  compartment  of  the  cell  pictured  in  Figure  20.11  when  P^  =  1.0  atm,  [Zn   ]  in  the 
anode  compartment  is  0.10  M,  and  cell  emf  is  0.542  V? 
Answer:  pH  =  4.19 

T  Figure  20.16  Concentration  cell  based 
on  the  Ni2  -Ni  cell  reaction.  In  (a)  the 
concentrations  of  Ni2  (aq)  in  the  two 
compartments  are  unequal,  and  the  cell 
generates  an  elertrical  current.  The  cell  operates 

until  the  concentrations  of  Ni2  (aq)  in  the  two 
compartments  become  equal,  (b)  at  which  point 

the  cell  has  reached  equilibrium  and  is  "dead." 

Concentration  Cells 

In  each  of  the  voltaic  cells  that  we  have  looked  at  thus  far,  the  reactive  species  at 
the  anode  has  been  different  from  the  one  at  the  cathode.  Cell  emf  depends  on 
concentration,  however,  so  a  voltaic  cell  can  be  constructed  using  the  same 

species  in  both  the  anode  and  cathode  compartments  as  long  as  the  concentra- 
tions are  different.  A  cell  based  solelv  on  the  emf  generated  because  of  a  differ- 

ence in  a  concentration  is  called  a  concentration  cell. 

A  diagram  of  a  concentration  cell  is  shown  in  Figure  20.16(a)  ▼.  One  com- 
partment consists  of  a  strip  of  nickel  metal  immersed  in  a  1.00  M  solution  of 

Ni~+(<7<7).  The  other  compartment  also  has  an  Ni(s)  electrode,  but  it  is  immersed 

in  a  1.00  x  10~3  M  solution  of  N\2*(aq).  The  two  compartments  are  connected  by 

0.0000  VI 

Ni 
cathode 

[Ni2]  =  1.00  <  10  'M    [Ni2t]  =  1 .00  M (a) 

[Ni 

•2+1 

0.5  M 

1 
H 

• 

[Ni2+]  =  0.5  M 

(b) 
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a  salt  bridge  and  by  an  external  wire  running  through  a  voltmeter.  The  half-eel 
reactions  are  the  reverse  of  each  other: 

Anode: 

Catlnulc. Nr 

Ni(s) 

(aq)  +  2e 

Ni- 

Ni(£
 

(aq)  +  2e 

Although  the  standard  emf  tor  this  cell  is  zero, 
ro tied  - 

£,°„ii  =  £r 

-0.28  V 

0.2S  V 

(cathode) 

E°ed  (anode)  =  (-0.28  V)  -  (-0.28  V)  -  0  V,  the  cell  operates  under  nonstandard 
conditions  because  the  concentration  of  Ni  (aq)  is  different  in  the  two  compart- 

ments. In  fact,  the  cell  will  operate  until  the  concentrations  of  Ni  in  both  com- 
partments are  equal.  Oxidation  of  Ni(s)  occurs  in  the  halt-cell  containing  the  more 

dilute  solution,  thereby  increasing  the  concentration  of  Ni  (aq).  It  is  therefore  the 

anode  compartment  of  the  cell.  Reduction  of  Ni  (aq)  occurs  in  the  half-cell  con- 
taining the  more  concentrated  solution,  thereby  decreasing  the  concentration  ot 

N\2r(aq),  making  it  the  cathode  compartment.  The  overall  cell  reaction  is  therefore 
Anode: 

Cathode. 

N\(s 

Ni   (aq,  concentrated)  +  2e 

NiJ'
 

Ni(s
 (aq,  dilute)  +  2  e 

Overall: 
Ni2 '  (aq,  concentrated ) 

Ni~ '(aq,  dilute) 

We  can  calculate  the  em  I  of  a  concentration  cell  bv  using  the  Nernst  equation. 

For  this  particular  cell,  we  see  that )/  =  2.  The  expression  for  the  reaction  quotient  for 

the  overall  reaction  is  Q  -  [Ni"-'  |a,iutr/[Ni    |COncentr<ited ■  Thus,  the  emf  at  298  K  is 
0.0392 

// 

0.0592 

2 

+  0.0888  V 

log  O 

0 

log 

[Ni- 

Idilute 

[\r  | concentrated 0.0592     ̂   1.00  x  1Q~  S  M 2      °fi       1.00  M 

This  concentration  cell  generates  an  emf  of  nearly  0.09  V  even  though  £  =  0.  The 
difference  in  concentration  prov  ides  the  driving  force  for  the  cell.  When  the  concen- 

trations in  the  two  compartments  become  the  same,  the  value  of  (J      1  and  /  0. 
The  idea  of  generating  a  potential  by  a  difference  in  concentration  is  the  basis 

for  the  operation  of  pH  meters  (Figure  16.6).  It  is  also  a  critical  aspect  in  biology; 

nerve  cells  in  the  brain  generate  a  voltage  across  the  cell  membrane  bv  having  dif- 
ferent concentrations  of  ions  on  either  side  of  the  membrane.  The  regulation  of  the 

heartbeat  in  mammals,  as  discussed  in  the  "Chemistry  and  Life"  box  in  this  sec- 
tion, is  another  example  of  the  importance  of  electrochemistry  to  living  organisms. 

Mi  SAMPLE  EXERCISE  20.13  |  pH  of  a  Concentration  Cell 

A  voltaic  cell  is  constructed  with  two  hydrogen  electrodes.  Electrode  1  has  =  1.00  atm  and  an  unknown  concentration  ot 
H+(aq).  Electrode  2  is  a  standard  hydrogen  electrode  ([FT]  =  1.00  M,  />Ml  -  LOO  atm).  At  2e>,s  K  the  measured  tell  voltage  is 
0.211  V,  and  the  electrical  current  is  observed  to  flow  from  electrode  1  through  t hi-  external  circuit  to  electrode  2.  Calculate  |l  I  | 
for  the  solution  at  electrode  1 .  What  is  its  pH? 

Solution 

Analyze:  We  are  given  the  voltage  of  a  concentration  cell  and  the  direction  in  which  the  current  flow  s.  We  also  have  the  concen- 
trations of  all  reactants  and  products  except  for  [I  I  |  in  halt-cell  1,  which  is  our  unknown. 

Plan:  We  can  use  the  Nernst  equation  to  determine  Q  and  then  use  (J  to  calculate  the  unknown  concentration.  Because  this  is  a 
concentration  cell,  E°.n  =  0  V. 

Solve:  Using  the  Nernst  equation, 
we  have 0.211  V  =  0 

0.0592  V 

log  (J 

log  Q 

Q 

(0.211  V)(  | V  0.0592  V  / 

-7.13 

10 
7.4  ■  10 
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CHEMISTRY  AND  LIFE  \  Heartbeats  and  Electrocardiography 

The  human  heart  is  a  marvel  of  efficiency  and  dependability. 

In  .i  typical  day  an  adult's  heart  pumps  more  than  7001)  L  of 
bleed  through  the  circulatory  system,  usually  with  no  mainte- 

nance required  beyond  a  sensible  diet  and  lifestyle.  We  general- 
ly think  of  the  heart  as  a  mechanical  device,  a  muscle  that 

circulates  blood  via  regularly  spaced  muscular  contractions. 
However,  more  than  two  centuries  ago,  two  pioneers  in  electric- 

ity, Luigi  Galvani  (1729-1787)  and  Alessandro  Vol ta  (17,45-1827), 
discovered  that  the  contractions  of  the  heart  are  controlled  by 
electrical  phenomena,  as  are  nerve  impulses  throughout  the 
body.  The  pulses  of  electricity  that  cause  the  heart  to  beat  result 
from  a  remarkable  combination  of  electrochemistry  and  the 
properties  of  semipermeable  membranes. 

Cell  walls  are  membranes  with  variable  permeability 
with  respect  to  a  number  of  physiologically  important  ions 

(especially  Na*,K',  and  Ca-').  The  concentrations  of  these ions  are  different  for  the  fluids  inside  the  cells  (the  intracellular 
fluid,  or  1CF)  and  outside  the  cells  (the  extracellular  thud,  or 

ECF).  In  cardiac  muscle  cells,  for  example,  the  concentrations 
of  IC  in  the  ICF  and  ECF  are  typically  about  135  millimolar 

(mM)  and  4  mM,  respectively.  For  Na^,  however,  the  concen- 
tration difference  between  the  ICF  and  ECF  is  opposite  that  for 

K+;  typically  [Na+]ICF  =  10  mM  and  [Na~](-U  =  145  mM. 

The  cell  membrane  is  initially  permeable  to  K'  ions,  but 
much  less  so  to  Na+  and  Ca  .  The  difference  in  concentration 
of  K  ions  between  the  ICF  and  ECF  generates  a  concentration 
cell:  Even  though  the  same  ions  are  present  on  both  sides  of 
the  membrane,  there  is  a  potential  difference  between  the  two 

fluids  that  we  can  calculate  using  the  N'ernst  equation  with 

E°  =  0.  At  physiological  temperature  (37°C)  the  potential  in 

millivolts  for  moving  K '  from  the  ECF  to  the  ICF  is 

_     co     2.30  RT ,  [K+],ci t  =  t  —  log 
nl  B[K+]EC, 

0  -  (61.5  mV)  log 135  mM 

4  mM 

-94  mV 

In  essence,  the  interior  of  the  cell  and  the  ECF  together  serve 
as  a  voltaic  cell.  The  negative  sign  for  the  potential  indicates 

that  work  is  required  to  move  K'  into  the  intracellular  fluid. 
Changes  in  the  relative  concentrations  of  the  ions  in  the 

ECF  and  ICF  lead  to  changes  in  the  emf  of  the  voltaic  cell.  The 
cells  of  the  heart  that  govern  the  rate  of  heart  contraction  are 
called  the  pacemaker  cells.  The  membranes  of  the  cells  regulate 
the  concentrations  of  ions  in  the  ICF,  allowing  them  to  change 
in  a  systematic  way.  The  concentration  changes  cause  the  emf  to 

Because  electrons  flow  from  electrode 
1  to  electrode  2,  electrode  1  is  the 
anode  of  the  cell  and  electrode  2  is  the 
cathode.  The  electrode  reactions  are 

therefore  as  follows,  with  the  concen- 

tration of  H ' (aq)  in  electrode  1  repre- sented with  the  unknown  v: 

Thus, 

At  electrode  1,  therefore, 

and  the  pH  of  the  solution  is 

Electrode  1: 
H2(g,  1.00  atm) 

e~ 

2H+(aq,x  M)  +  2  e~ 

H2(g,  1.00  atm) 
Electrode  2:    2  H+(aq;  1.00  M)  +  2 

[H~  (electrode  l)]2  PH,  (electrode  2) 
Q 

[H   (electrode  2)]2  PH,  (electrode  1) 

=  x 

7  A  x  10 

PH 

a-(1.00) 

(1.00)2(1.00) 

V7.4  x  10~8  =  2.7  x  10"4 

[H+]  =  2.7  x  10~4  M 

-log[H+]  =  -log(2.7  x  10"4) 

-8 

3.6 

E?ed  =  0  V £r°ed  =  0  V 

Comment:  The  concentration  of  H*  at  electrode  1  is  lower  than  that  in  electrode  2,  which  is  why  electrode  1  is  the  anode  of  the 
cell:  The  oxidation  of  H:  to  H  +  (aq)  increases  [H*|  at  electrode  1. 

Wm  PRACTICE  EXERCISE 

A  concentration  c  ell  is  <  onstructed  with  two  Zn(s)-Zn2+(rt(j)  half-cells.  The  first  half-cell  has  [Zn2+]  =  1.35  M,  and  the  second  half- 
cell  has  [Zn2  ]      5.75  •  10  4  M.  (a)  Which  half-cell  is  the  anode  of  the  cell?  (b)  What  is  the  emf  of  the  cell? 
Answers:  (a)  the  second  half-cell,  (b)  0.105  V 
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— 

■4  Figure  20.17  Ion 
concentration  and  emf  in 
the  human  heart.  Variation 
of  the  electrical  potential 
caused  by  changes  of  ion 
concentrations  in  the 

pacemaker  cells  of  the  heart. 

Time 

change  in  a  cyclic  fashion,  as  shown  in  Figure  20.17  ▲.  I  he  emf 

cycle  determines  the  rati'  at  which  the  heart  brats.  II  the  pace- 
maker cells  malfunction  because  of  disease  or  injury,  an  artifi- 

cial pacemaker  can  be  surgically  implanted.  I  he  artificial 
pacemaker  is  a  small  battery  that  generates  the  electrical  pulses 
needed  to  trigger  the  contrac  tions  of  the  heart. 

In  the  late  1800s  sc  ientists  discovered  that  the  electrical 

impulses  that  cause  the  contraction  ol  the  heart  muscle  are 
strong  enough  to  be  detected  at  the  surface  of  the  body.  This 

observation  formed  the  basis  lor  electrocardiography,  noninva- 
sive  monitoring  of  the  heart  by  using  a  complex  array  of  elec- 

A  Figure  20.18   A  typical  electrocardiogram.  An  electrocardiogram 
(ECC)  printout  records  the  electrical  events  monitored  by  electrodes  attached 
to  the  body  surface.  The  horizontal  axis  is  time,  and  the  vertical  displacement 
is  the  emf. 

trodes  on  the  skin  to  measure  voltage  changes  during  heart- 
beats. A  typical  electrocardiogram  is  show  n  in  Figure  20.  IS  ▲. 

It  is  quite  striking  that,  although  the  heart's  major  function  is 
the  mechanical  pumping  ol  blood,  it  is  most  easily  monitored 
by  using  the  electrical  impulses  generated  by  tiny  voltaic  cells. 

20.7  I  Batteries  and  Fuel  Cells 

A  battery  is  a  portable,  self-contained  electrochemical  power  source  that  consists 
of  one  or  more  voltaic  cells  (Figure  20. 1 4  ▼).  For  example,  the  common  1 .5-V  bat- 

teries used  to  power  flashlights  and  many  consumer  electronic  devices  are  single 
voltaic  cells.  Greater  voltages  can  be  achieved  by  using  multiple  voltaic  cells  in  a 

single  battery,  as  is  the  case  in  12- V  automotive  batteries.  When  cells  are  connect- 
ed in  series  (with  the  cathode  of  one  attached  to  the  anode  of  another),  the  battery 

produces  a  voltage  that  is  the  sum  of  the  emfs  of  the  individual  cells.  Higher  emfs 

can  also  be  achieved  by  using  multiple  batteries  in  series  ( Figure  20.20  ►).  The 

electrodes  of  batteries  are  marked  following  the  convention  of  Figure  20.6 — the 
cathode  is  labeled  with  a  plus  sign  and  the  anode  with  a  minus  sign. 

<  Figure  20.19  A  battery  of  batteries. 
Batteries  are  voltaic  cells  that  serve  as  portable 
sources  of  electricity.  Batteries  vary  markedly 
in  size  and  in  the  electrochemical  reaction 
used  to  generate  electricity. 

* 

1.5  V 

3.0  V 

1.5  V 

▲  Figure  20.20   Combining  batteries. 
When  batteries  are  connected  in  series,  as  in 
most  flashlights,  the  total  emf  is  the  sum  of  the 
individual  emfs 
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Cathode 

Anode: 

Although  any  spontaneous  redox  reaction  can  serve  as  the  basis  for  a  volta- 
ic cell,  making  a  commercial  battery  that  has  specific  performance  characteris- 

tics can  require  considerable  ingenuity.  The  substances  that  are  oxidized  at  the 

anode  and  reduced  by  the  cathode  determine  the  emf  of  a  battery,  and  the  us- 
able life  of  the  battery  depends  on  the  quantities  of  these  substances  packaged 

in  the  battery.  Usually  the  anode  and  the  cathode  compartments  are  separated 
by  a  barrier  analogous  to  the  porous  barrier  of  Figure  20.6. 

Different  applications  require  batteries  with  different  properties.  The  bat- 
tery required  to  start  a  car,  for  example,  must  be  capable  of  deliv  ering  a  large 

electrical  current  for  a  short  time  period.  The  battery  that  powers  a  heart  pace- 
maker, on  the  other  hand,  must  be  very  small  and  capable  of  delivering  a  small 

but  steady  current  oxer  an  extended  time  period.  Some  batteries  are  primary 

cells,  meaning  that  they  can't  be  recharged.  A  primary  cell  must  be  discarded  or 
recycled  after  its  emf  drops  to  zero.  A  secondary  cell  can  be  recharged  from  an 
external  power  source  after  its  emf  has  dropped. 

In  this  section  we  will  briefly  discuss  some  common  batteries.  As  we  do  so, 

notice  how  the  principles  we  have  discussed  so  far  in  this  chapter  help  us  un- 
derstand these  important  sources  of  portable  electrical  energy. 

Lead-Acid  Battery 

A  12-V  lead-acid  automotive  battery  consists  of  six  voltaic  cells  in  series,  each 
producing  2  V.  The  cathode  of  each  cell  consists  of  lead  dioxide  (Pb02)  packed  on 

a  metal  grid.  The  anode  of  each  cell  is  composed  of  lead.  Both  electrodes  are  im- 
mersed in  sulfuric  acid.  The  electrode  reactions  that  occur  during  discharge  are 

Pb02(s)  +  HSOf(aq)  +  3  H+(aq)  +  2e"         PbS04(s)  +  2  H20(/) 

Pb(s)  +  HS04  "(<?(/) 
PbS04(s)  +  H'(aq)  -  2  e~ 

Pb02(s)  +  Pb(s)  +  2  HSCV(<?</)  +  2  H+{aq) 
2  PbS04(s)  +  2  H20(/) 

▼  Figure  20.21    A  12-V  automotive  lead- 
acid  battery.  Each  anode/cathode  pair  of 
electrodes  in  this  schematic  cutaway  produces  a 
potential  of  about  2  V.  Six  pairs  of  electrodes  are 
connected  in  series,  producing  the  desired  battery 
voltage. 

H2S04 

electrolyte Lead  grid  filled with  spongy 

lead  (.mode) 

Lead  grid 
filled  with 

Pb02 

(cathode) 

The  standard  cell  potential  can  be  obtained  from  the  standard  reduction 

potentials  in  Appendix  E: 

Eceil  =  E°ed  (cathode)  -  E°ed  (anode)  =  (  +  1.685  V)  -  (-0.356  V)  =  -2.041  V 
The  reactants  Pb  and  Pb02  serve  as  the  electrodes.  Because  the  reactants  are 

solids,  there  is  no  need  to  separate  the  cell  into  anode  and  cathode  compart- 
ments; the  Pb  and  Pb02  cannot  come  into  direct  physical  contact  unless  one 

electrode  plate  touches  another.  To  keep  the  electrodes  from  touching,  wood  or 

glass-fiber  spacers  are  placed  between  them  (Figure  20.21  -4). 
Using  a  reaction  whose  reactants  and  products  are  solids  has  another 

benefit.  Because  solids  are  excluded  from  the  reaction  quotient  Q,  the  rel- 
ative amounts  of  Pb(s),  Pb02(s),  and  PbS04(s)  have  no  effect  on  the  emf  of 

the  lead  storage  battery,  helping  the  battery  maintain  a  relatively  constant 
emf  during  discharge.  The  emf  does  vary  somewhat  with  use  because  the 
concentration  of  H2S04  varies  with  the  extent  of  cell  discharge.  As  the 

equation  for  the  overall  cell  reaction  indicates,  H2S04  is  consumed  dur- 
ing the  discharge. 

One  adv  antage  of  a  lead-acid  battery  is  that  it  can  be  recharged.  Dur- 

ing recharging,  an  external  source  of  energy  is  used  to  reverse  the  direc- 
tion of  the  overall  cell  reaction,  regenerating  Pb(s)  and  Pb02(s). 

2  PbS04(s)  +  2  H20(Z)   *  Pb02(s)  +  Pb(s)  +  2HS04~(rt£])  +  2H>]) 

In  an  automobile  the  energy  necessary  for  recharging  the  battery  is  pro- 
vided by  the  alternator,  driven  by  the  engine.  Recharging  is  possible  be- 
cause PbS04  formed  during  discharge  adheres  to  the  electrodes.  As  the 

external  source  forces  electrons  from  one  electrode  to  another,  the  PbS04 

is  converted  to  Pb  at  one  electrode  and  to  PbO->  at  the  other. 
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Alkaline  Battery 

The  most  common  primary  (nonrechargeable)  battery  is  the  alkaline  battery- 

More  than  K)"1  alkaline  batteries  are  produced  annually.  The  anode  of  this  bat- 
tery consists  of  powdered  zinc  metal  immobilized  in  a  gel  in  contact  with  a  con- 

centrated solution  of  KOH  (hence  the  name  alkaline  batterv).  The  cathode  is  a 

mixture  of  Mn02(s)  and  graphite,  separated  from  the  anode  by  a  porous  fabric. 

The  battery  is  sealed  in  a  steel  can  to  reduce  the  risk  of  leakage  of  the  concen- 
trated KOH.  A  schematic  view  of  an  alkaline  battery  is  shown  in 

Figure  20.22  ►.  The  cell  reactions  are  complex,  but  can  be  approximately  repre- 
sented as  follows: 

Cathode:  2  Mn02(s)  +  2  H20(/)  \  2e 

Anode:  Zn(s)  -  2  OH  (aq) 

2  MnO(OH)(s; 

Zn(OH)2(s)  + 

2  OH  (aq) 

i  e 

The  emf  of  an  alkaline  batterv  is  1.33  V  at  room  temperature.  The  alkaline  bat- 

tery provides  far  superior  performance  over  the  older  "drv  cells"  that  w  ere  also 
based  on  MnO->  and  Zn  as  the  electrochemically  activ  e  substances. 

Gasket 

Anode 

Separator 

Cathode  (MnO 

(/n  plus  KOI  I) plus  graphite) 

A  Figure  20.22  Cutaway  view  of  a 
miniature  alkaline  battery. 

ACTIVITY 
Batteries 

Nickel- Cadmium,  Nickel-Metal-Hydride,  and  Lithium-Ion 
Batteries 

The  tremendous  growth  in  high-power-demand  portable  electronic  devices, 
such  as  cell  phones,  notebook  computers,  and  video  recorders,  has  increased 

the  demand  for  lightweight,  readily  recharged  batteries.  One  of  the  most  com- 
mon rechargeable  batteries  is  the  nickel-cadmium  (nicad)  battery.  During  dis- 

charge, cadmium  metal  is  oxidized  at  the  anode  of  the  battery  w  hile  nickel 

oxyhydroxide  [NiO(OH)(s)|  is  reduced  at  the  cathode. 

Cathode:      2  NiO(OH)(s)  -  2  H20(/)  t-  2e      — »  2 \i(OH)2(s)  +  2  OH  (aq) 

Anode:  Cd(s)  +  2  OH  (aq)  ►  Cd(OH)2(s)  +  2e 

As  in  the  lead-acid  battery,  the  solid  reaction  products  adhere  to  the  electrodes, 
which  permits  the  electrode  reactions  to  be  reversed  during  charging.  A  single 
nicad  voltaic  cell  has  an  emf  of  1 .30  V.  Nicad  batterv  packs  typically  contain  three  or 
more  cells  in  series  to  produce  the  higher  emfs  needed  by  most  electronic  devices. 

There  are  drawbacks  to  nickel-cadmium  batteries.  Cadmium  is  a  toxic 

heavy  metal.  Its  use  increases  the  weight  of  batteries  and  prov  ides  an  environ- 
mental hazard — roughly  1.5  billion  nickel-cadmium  batteries  are  produced  an- 
nually, and  these  must  eventuallv  be  recvcled  as  thev  lose  their  ability  to  be 

recharged.  Some  of  these  problems  have  been  allev  iated  by  the  development  of 

nickel-metal-hydride  (NiMH)  batteries.  The  cathode  reaction  of  NiMH  batter- 
ies is  the  same  as  that  for  nickel-cadmium  batteries,  but  the  anode  reaction  is 

very  different.  The  anode  consists  of  a  metal  alloy,  such  as  ZrNi2,  that  has  the 

ability  to  absorb  hydrogen  atoms  (we  will  discuss  allovs  in  Section  23.6).  Dur- 
ing the  oxidation  at  the  anode,  the  hvdrogen  atoms  lose  electrons,  and  the  re- 

sultant H^  ions  react  w  ith  OH  ions  to  form  H20,  a  process  that  is  reversed 
during  charging.  Hybrid  gas-electric  automobiles,  which  are  powered  by  both 
a  gasoline  engine  and  an  electric  motor,  use  NiMl  I  batteries  to  store  the  electri- 

cal power.  The  batteries  are  recharged  by  the  electric  motor  while  braking,  and 
as  a  result,  the  batteries  can  last  up  to  8  wars. 

The  newest  rechargeable  batterv  to  receive  large  use  in  consumer  electron- 
ic devices  is  the  lithium-ion  (Li-ion)  batterv.  This  is  the  batterv  you  will  find  in 

cell  phones  and  laptop  computers.  Because  lithium  is  a  very  light  element,  Li- 
ion  batteries  achieve  a  greater  energy  density — the  amount  of  energy  stored  per 
unit  mass — than  nickel-based  batteries.  The  technology  of  Li-ion  batteries  is 
verv  different  from  that  of  the  other  batteries  we  hav  e  described  here,  and  it 
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is  based  on  the  ability  of  Li '  ions  to  be  inserted  into  and  removed  from  certain 
layered  solids.  For  example,  Li+  ions  can  be  inserted  reversibly  into  layers  of 
graphite  (Figure  11.41).  In  most  commercial  cells,  one  electrode  is  graphite  or 

some  other  carbon-based  material,  and  the  other  is  usually  made  of  lithium 
cobalt  oxide  (LiCoOi).  When  charged,  cobalt  ions  are  oxidized  and  LP  ions  mi- 

grate into  the  graphite.  During  discharge,  when  the  battery  is  producing  elec- 
tricity for  use,  the  LP  ions  spontaneously  migrate  from  the  graphite  anode  to 

the  cathode,  enabling  electrons  to  flow  through  the  external  circuit.  An  Li-ion 
battery  produces  a  maximum  voltage  of  3.7  V,  considerably  higher  than  tvpical 
1.5- V  alkaline  batteries. 

Hydrogen  Fuel  Cells 

The  thermal  energy  released  by  the  combustion  of  fuels  can  be  converted  to 
electrical  energy.  The  heat  may  convert  water  to  steam,  which  drives  a  turbine 
that  in  turn  drives  a  generator.  Typically,  a  maximum  of  only  407<>  of  the  energy 
from  combustion  is  converted  to  electricity;  the  remainder  is  lost  as  heat.  The 

direct  production  of  electricity  from  fuels  bv  a  voltaic  cell  could,  in  principle, 
yield  a  higher  rate  of  conversion  of  the  chemical  energv  of  the  reaction.  Voltaic 
cells  that  perform  this  conversion  using  conventional  fuels,  such  as  H2  and 
CH4,  are  called  fuel  cells.  Strictly  speaking,  fuel  cells  are  not  batteries  because 

they  are  not  self-contained  systems. 
The  most  promising  fuel-cell  svstem  involves  the  reaction  of  H2(g)  and 

02(g)  to  form  H20(/)  as  the  only  product.  These  cells  can  generate  electricitv 

twice  as  efficiently  as  the  best  internal  combustion  engine.  Under  acidic  condi- 
tions, the  electrode  reactions  are 

Cathode:  02(g)  +  4  FT  +  4  e   »  2  H20(/) 

Anode:  2  H2(g)   "  4  H+  +  4e 

Overall:  2  H2(g)  +  02(g)   »  2  H20(/) 

The  standard  emf  of  an  H2-O2  fuel  cell  is  +1.23  V,  reflecting  the  large  driving 
force  for  the  reaction  of  H2  and  02  to  form  FLO. 

In  this  fuel  cell  (known  as  the  PEM  fuel  cell,  for  "proton-exchange  mem- 
brane") the  anode  and  cathode  are  separated  by  a  thin  polymer  membrane  that 

is  permeable  to  protons  but  not  electrons.  The  polymer  membrane  therefore 
acts  as  a  salt  bridge.  The  electrodes  are  typically  made  from  graphite.  A  PEM 

cell  operates  at  a  temperature  of  around  80°C.  At  this  low  temperature  the  elec- 
trochemical reactions  would  normally  occur  very  slowly,  and  so  they  are  cat- 

alyzed by  a  thin  layer  of  platinum  on  each  electrode. 
Under  basic  conditions  the  electrode  reactions  in  the  hydrogen  fuel  cell  are 

Cathode:  4  e    +  02(g)  +  2  H20(/)   >  4  OH~(aq) 

Anode:  2  H2(g)  +  4  0PT(m/)   *  4  FLO(/)  +  4  e~ 

1.23  V  2  H2(g)  +  0:(x)   *  2  H20(/) 

NASA  has  used  this  basic  hydrogen  fuel  cell  as  the  energy  source  for  its 

spacecraft.  Liquid  hydrogen  and  oxygen  are  stored  as  fuel,  and  the 
product  of  the  reaction,  water,  is  drunk  bv  the  spacecraft  crew. 

A  schematic  drawing  of  a  low-temperature  H2-02  fuel  cell  is 
shown  in  Figure  20.23  <.  This  technology  is  the  basis  for  pollution-free 

fuel  cell-powered  vehicles  ("(  hemistr)  at  Work"  box,  Section  1.4) 
that  mav  be  possible  should  the  "hydrogen  economy"  come  to  pass. 
Currently  a  great  deal  of  research  is  going  into  improving  fuel  cells. 

Much  effort  is  being  directed  toward  developing  fuel  cells  that  use  con- 
ventional fuels  such  as  hydrocarbons  and  alcohols,  which  are  not  as 

difficult  to  handle  and  distribute  as  hydrogen  gas. 

▼  Figure  20.23   A  low-temperature 
H2-02  fuel  cell.  The  porous  membrane  allows 
the  H y  ions  generated  by  the  oxidation  of  H2  at 
the  anode  to  migrate  to  the  cathode,  where  H20 
is  formed. 

I  I 
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Direct  Methanol  Fuel  Cells 

The  direct  methanol  fuel  cell  is  similar  to  the  PEM  fuel  cell,  hut  instead  of  using 

hydrogen  gas  as  a  reactant ,  it  uses  methanol,  ChhOH.  The  reactions  are 

Cathode:  i  02(g)  +  6  FT  +  6e   >  3  H20(g) 

Anode:  CFhOH(7)  +  H20(x)  *  C02(x)  +  6  H4  +  6e 

Orcra//:  CH3OH(£)  +  \  02($)  *  C02(#)  +  2  H20(#) 

These  cells  operate  at  around  120  C ',  which  is  slightly  higher  than  the  tempera- 
ture at  which  the  standard  PEM  fuel  cell  operates.  One  shortcoming  of  the 

methanol  cell  is  that  the  quantity  of  platinum  catalvst  needed  is  greater  than  in 

conventional  PEM  cells.  Also,  the  carbon  dioxide  produced  in  the  methanol  re- 
action is  not  as  environmentally  friendly  as  w  ater.  However,  liquid  methanol  is 

a  tar  more  attractive  fuel  to  store  and  transport  than  hydrogen  gas 

20.8  I  Corrosion 

Batteries  are  examples  of  how  spontaneous  redox  reactions  can  be  used  pro- 
ductively. In  this  section  we  will  examine  the  undesirable  redox  reactions  that 

lead  to  the  corrosion  of  metals.  Corrosion  reactions  are  spontaneous  redox  re- 
actions in  which  a  metal  is  attacked  by  some  substance  in  its  environment  and 

converted  to  an  unwanted  compound. 

For  nearly  all  metals,  oxidation  is  a  thermodynamically  favorable  process 
in  air  at  room  temperature.  When  the  oxidation  process  is  not  inhibited  in  some 
way,  it  can  be  very  destructive.  ( )xidation  can  also  form  an  insulating  protectiv  e 
oxide  layer,  however,  that  prevents  further  reaction  ol  the  underlying  metal.  On 

the  basis  of  the  standard  reduction  potential  for  Al  '  ,  for  example,  we  would 
expect  aluminum  metal  to  be  very  readily  oxidized.  The  many  aluminum  soft- 
drink  and  beer  cans  that  litter  the  environment  are  ample  evidence,  however, 

that  aluminum  undergoes  only  very  slow  chemical  corrosion.  I  he  exceptional 
stability  of  this  active  metal  in  air  is  due  to  the  formation  ot  a  thin  protective 

coat  of  oxide — a  hydrated  form  of  AI2O3 — on  the  surface  ot  the  metal.  ITie 
oxide  coat  is  impermeable  to  ( )2  or  H2O  and  so  protects  the  underlying  metal 

from  further  corrosion.  Magnesium  metal  is  similarly  protected.  Some  metal  al- 
loys, such  as  stainless  steel,  likewise  form  protective  impervious  oxide  coats. 

The  semiconductor  silicon,  as  we  saw  in  Chapter  12,  also  readily  forms  a  pro- 
tective Si02  coating  that  is  important  to  its  use  in  electronic  circuits. 

Corrosion  of  Iron 

The  rusting  of  iron  (Figure  20.24  ►)  is  a  familiar  corrosion  process  that  carries  a 

significant  economic  impact.  It  is  estimated  that  up  to  20"..  of  the  iron  produced 
annually  in  the  United  States  is  used  to  replace  iron  objects  that  have  been  dis- 

carded because  of  rust  damage. 

The  rusting  of  iron  requires  both  oxygen  and  water.  Other  factors — such  as 
the  pH  of  the  solution,  the  presence  of  salts,  contact  with  metals  more  difficult 

to  oxidi/e  than  iron,  and  stress  on  the  iron — can  accelerate  rusting. 

The  corrosion  of  iron  is  electrochemical  in  nature.  Not  only  does  the  corro- 
sion process  involve  oxidation  and  reduction,  the  metal  itself  conducts  electric- 

ity. Thus,  electrons  can  move  through  the  metal  from  a  region  where  oxidation 
occurs  to  another  region  where  reduction  occurs,  as  in  voltaic  cells. 

Because  the  standard  reduction  potential  for  the  reduction  ol  I  e  (</</)  is 
less  positive  than  that  for  the  reduction  of  02,  Fe(s)  can  be  oxidized  by  02(g). 

Cathode:    02(g)  +  4H'(n</)  +  4  e      —  2  H20(7)  /  °.d      1.23  V 

Anode:  Fe(s)   >  Fe:*  (aq)  +  2e        /  °,d  0.44V 

▲  Figure  20.24   Corrosion.  The  corrosion 
of  iron  is  an  electrochemical  process  of  great 
economic  importance  The  annual  cost  of  metallic 
corrosion  in  the  United  States  is  estimated  to  be 

$70  billion. 



882       Chapter  20 Electrochemistry 

4* 

ACTIVITY 
Prevention  of  Corrosion 

Rust  deposit 

(Fe203'xH20) 

A  portion  of  the  iron  can  serve  as  an  anode  at  which  the  oxidation  of  Fe  to  Fe2* 
occurs.  The  electrons  produced  migrate  through  the  metal  to  another  portion  of 
the  surface  that  serves  as  the  cathode,  at  which  O2  is  reduced.  The  reduction  of 

02  requires  H~,  so  lowering  the  concentration  of  H"  (increasing  the  pH)  makes 
the  reduction  of  02  less  favorable.  Iron  in  contact  with  a  solution  whose  pH  is 
greater  than  9  does  not  corrode. 

The  Fe~~  formed  at  the  anode  is  eventually  oxidized  further  to  Fe*',  which 
forms  the  hvdrated  iron(III)  oxide  known  as  rust*: 

4Fe2'(aq)  -  02(g)  +  4  H20(/)  -  2.vH20(/) 
2  Fe20y.vH20(s)  +  8  FT(^) 

Air 
\\  ater 

droplet 

(Cathode 

02  +  4H+  +  4e~  >2H:Q  Fe- ci r 

Oo  +  2H,0  +  4e   MOFT 

A  Figure  20.25  Corrosion  of  iron  in 
contact  with  water. 

(Anode) 

-^Fe2~  +  2e~ 

Because  the  cathode  is  generally  the  area  having  the  largest  supplv 

of  02,  rust  often  deposits  there.  If  you  look  closely  at  a  shovel  after 
it  has  stood  outside  in  the  moist  air  with  wet  dirt  adhered  to  its 

blade,  you  may  notice  that  pitting  has  occurred  under  the  dirt  but 
that  rust  has  formed  elsewhere,  where  02  is  more  readilv  available. 

The  corrosion  process  is  summarized  in  Figure  20.2?  <. 

The  enhanced  corrosion  caused  bv  the  presence  of  salts  is  usual- 
ly evident  on  autos  in  areas  where  roads  are  heavily  salted  during 

winter.  Like  a  salt  bridge  in  a  voltaic  cell,  the  ions  of  the  salt  provide 
the  electrolyte  necessary  to  complete  the  electrical  circuit. 

Preventing  the  Corrosion  of  Iron 

Iron  is  often  covered  with  a  coat  of  paint  or  another  metal  such  as 
tin  or  zinc  to  protect  its  surface  against  corrosion.  Covering  the  surface  with 
paint  or  tin  is  simplv  a  means  of  preventing  oxvgen  and  water  from  reaching 
the  iron  surface.  If  the  coating  is  broken  and  the  iron  is  exposed  to  oxygen  and 
water,  corrosion  will  begin. 

Galvanized  iron,  which  is  iron  coated  with  a  thin  layer  of  zinc,  uses  the  prin- 
ciples of  electrochemistry  to  protect  the  iron  from  corrosion  even  after  the  sur- 

face coat  is  broken.  The  standard  reduction  potentials  for  iron  and  zinc  are -  1 

l  e 

Water 

droplet 

¥e~'(aq) 

Zn2~(aq)  -  2  e 

Because  the  E°e<j  value  for  the  reduction  of  Fe 

Fe(s) 

Zn(s) 

^red 

0.44  V 

-0.76  V 

O, 

Zn2  (aq) 

Zinc 

(anode) 

Zn  — *  Zn2^  +  2  e 

Iron 
(cathode) 

On  +  4H'  +  4e" 

▲  Figure  20.26  Cathodic  protection  of 
iron  in  contact  with  zinc. 

is  less  negative  (more 

positive)  than  that  for  the  reduction  of  Zn~~,  Fe~~  is  easier  to  reduce than  Zn  .  Conversely,  Zn(s)  is  easier  to  oxidize  than  Fe(s).  Thus,  even  if 

the  zinc  coating  is  broken  and  the  galvanized  iron  is  exposed  to  oxygen 
and  water,  the  zinc,  which  is  most  easilv  oxidized,  serves  as  the  anode 
and  is  corroded  instead  of  the  iron.  The  iron  serves  as  the  cathode  at 

which  02  is  reduced,  as  shown  in  Figure  20.26  A. 

Protecting  a  metal  from  corrosion  by  making  it  the  cathode  in  an 
electrochemical  cell  is  known  as  cathodic  protection.  The  metal  that  is 

2  H20     oxidized  while  protecting  the  cathode  is  called  the  sacrificial  anode.  Un- 
derground pipelines  are  often  protected  against  corrosion  by  making 

the  pipeline  the  cathode  of  a  voltaic  cell.  Pieces  of  an  active  metal  such 
as  magnesium  are  buried  along  the  pipeline  and  connected  to  it  by  wire,  as 
shown  in  Figure  20.27  ►.  In  moist  soil,  where  corrosion  can  occur,  the  active 
metal  serves  as  the  anode,  and  the  pipe  experiences  cathodic  protection. 

*  Frequently,  metal  compounds  obtained  from  aqueous  solution  have  water  associated  w  ith  them. 
For  example,  copper(II)  sulfate  crystallizes  from  water  with  five  moles  of  water  per  mole  of  CuS04. 
We  represent  this  formula  as  CuSQ4-5  H20.  Such  compounds  are  called  hydrates. 

Rust  is  a  hvdrate  of  iron(III)  oxide  with  a  variable  amount  of  water  of  hydration.  We  represent 
this  variable  water  content  by  writing  the  formula  as  Fe20y.vH20. 
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9 GIVE  IT  SOME  THOUGHT Ground 

level 

Soil 
electrolyte 

Based  on  the  standard  reduction  potentials  in  Table  20.1, 

which  of  the  following  metals  could  provide  cathodic  protec- 
tion to  iron:  Al,  Cu,  Ni,  Zn? 

Water  pipe, 

the  cathode 

20.9  I  Electrolysis 

Voltaic  cells  are  based  on  spontaneous  oxidation-reduction 
reactions.  Conversely,  it  is  possible  to  use  electrical  energy 

to  cause  nonspontaneous  redox  reactions  to  occur.  For  ex- 
ample, electricity  can  be  used  to  decompose  molten  sodi- 

um chloride  into  its  component  elements: 

30cm{ 

Insulated 

copper  wire 

Soldered 
connection 

NaCI(/) 2  Na(/)  +  Cl2(g) 

Such  processes,  which  are  driven  by  an  outside  source  of  electrical 
energy,  are  called  electrolysis  reactions  and  take  place  in  electrolytic 
cells.  This  is  the  reason  manufacturers  of  automotive  batteries  caution 

against  immersing  the  battery  in  salt  water — the  standard  12- V  car  battery 
has  more  than  enough  electromotive  force  to  produce  harmful  products, 
such  as  poisonous  chlorine  gas. 

An  electrolytic  cell  consists  of  two  electrodes  in  a  molten  salt  or  a  solution. 

A  battery  or  some  other  source  of  direct  electrical  current  acts  as  an  electron 
pump,  pushing  electrons  into  one  electrode  and  pulling  them  from  the  other, 
lust  as  in  voltaic  cells,  the  electrode  at  which  the  reduction  occurs  is  called  the 
cathode,  and  the  electrode  at  which  oxidation  occurs  is  called  the  anode.  In  the 

electrolysis  of  molten  NaCI,  shown  in  Figure  20. 2X  T,  \a  ions  pick  up  elec- 

trons and  are  reduced  to  Na  at  the  cathode.  As  the  Na '  ions  near  the  cathode 

are  depleted,  additional  Na+  ions  migrate  in.  Similarly,  there  is  net  movement 
of  CP  ions  to  the  anode,  where  they  are  oxidized.  The  electrode  reactions  tor 
the  electrolysis  of  molten  \aCl  are  summarized  as  follows: 

Magnesium anode 

▲  Figure  20.27   Cathodic  protection  of 
an  iron  water  pipe.  The  magnesium  anode  is 
surrounded  by  a  mixture  of  gypsum,  sodium 
sulfate,  and  clay  to  promote  conductivity  of  ions. 
The  pipe,  in  effect,  is  the  cathode  of  a  voltaic  cell. 

Cathode: 

Anode: 

Na+(7) 

2CH/) 

2  Na(/) 

C\2(g)  +  2  e 

2  Na  (/)  +  2C1~(/) 
2  Na(/)  +  Cl2(x) 

▼  Figure  20.28   Electrolysis  of  molten 
sodium  chloride.  CI  ions  are  oxidized  to  C\2(g) 
at  the  anode,  and  Na  ions  are  reduced  to  Na(/)  at 
the  cathode. 

Notice  the  manner  in  which  the  voltage  source  is  connected  to  the 
electrodes  in  Figure  20. 28.  In  a  voltaic  cell  (or  any  other  source  of 
direct  current)  the  electrons  move  from  the  negative  terminal 
(Figure  20.6).  Thus,  the  electrode  of  the  electrolytic  cell  that  is 
connected  to  the  negative  terminal  of  the  voltage  source  is  the 
cathode  of  the  cell;  it  receiv  es  electrons  that  are  used  to  reduce 

a  substance.  The  electrons  that  are  remov  ed  during  the  oxida- 
tion process  at  the  anode  trav  el  to  the  positive  terminal  of  the 

voltage  source,  thus  completing  the  circuit  of  the  cell. 

The  electrolysis  of  molten  salts  is  an  important  indus- 
trial process  for  the  production  of  active  metals  such  as 

sodium  and  aluminum.  We  will  have  more  to  say  about  it 

in  Chapter  23,  when  we  discuss  how  ores  are  refined 
into  metals. 

Because  of  the  high  melting  points  of  ionic  sub- 
stances, the  electrolysis  of  molten  salts  requires  very  high 

temperatures.  Do  we  obtain  the  same 
products  if  we  electrolyze  the  aqueous  solution  of  a  salt 
instead  of  the  molten  salt?  Frequently  the  answer  is  no; 

Anodt 

Voltage 

source 

if 

C  athode 

cr 

Na+- 

•Cl2(g)  Na(/)- 
Molten 
NaCI 

: 

2  CI 

Cl2(£)+  2e"     2  Na1  +  2e" 

2  Na(/) 
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►  Figure  20.29   Electroplating  of 
silverware,  (a)  The  silverware  is  being 
withdrawn  from  the  electroplating  bath,  (b)  The 
polished  final  product. 

MOVIE 
Electroplating 

(a) 

(b) 

the  electrolysis  of  an  aqueous  solution  is  complicated  hy  the  presence  of  water, 
because  we  must  consider  whether  the  water  is  oxidized  to  form  0;  or  reduced 

to  form  Hi  rather  than  the  ions  of  the  salt.  These  reactions  also  depend  on  pH. 
Thus  far  in  our  discussion  of  electrolysis,  we  have  encountered  only  electrodes 

that  were  inert;  they  did  not  undergo  reaction  but  merely  served  as  the  surface 

where  oxidation  and  reduction  occurred.  Several  practical  applications  of  electro- 

chemistry, however,  are  based  on  active  electrodes — electrodes  that  participate  in 
the  electrolysis  process.  Electroplating,  for  example,  uses  electrolysis  to  deposit  a 
thin  layer  of  one  metal  on  another  metal  in  order  to  improve  beauty  or  resistance  to 

corrosion  (Figure  20.29  A).  We  can  illustrate  the  principles  of  electrolysis  with  ac- 
tive electrodes  by  describing  how  to  electroplate  nickel  on  a  piece  of  steel. 

Figure  20.30  -4  illustrates  the  electrolytic  cell  for  our  electroplating  experi- 
ment. The  anode  of  the  cell  is  a  strip  of  nickel  metal,  and  the  cathode  is  the  piece 

of  steel  that  will  be  electroplated.  The  electrodes  are  immersed  in  a  solution  of 

NiSO^mj).  What  happens  at  the  electrodes  when  the  external  voltage  source  is 

turned  on?  Reduction  will  occur  at  the  cathode.  The  standard  reduction  poten- 

tial of  Ni2^  (E°ed  =  -0.28  V)  is  less  negative  than  that  of  FhO  (£°ed  =  -0.83  V), 
so  Ni~*  will  be  preferentially  reduced  at  the  cathode. At  the  anode  we  need  to  consider  which  substances  can  be  oxidized.  For 

the  NiSC^i/)  solution,  only  the  FhO  solvent  is  readily  oxidized  because  nei- 

ther NaT  nor  the  S04~~  can  be  oxidized  (both  already  have  their  elements  in 
their  highest  possible  oxidation  state).  The  Ni  atoms  in  the  anode,  however,  can 
undergo  oxidation.  Thus,  the  two  possible  oxidation  processes  are 

2  H20(/)   •  02(g)  +  4  H+(aq)  +  4  e"       E°ed  =  +1-23  V 

Ni(s)   >  Ni2+(aq)  +  2e~  £r°ed  =  -0.28  V 

where  the  potentials  are  the  standard  reduction  potentials  of  these  reactions.  Be- 

cause this  is  an  oxidation,  the  half-reaction  with  the  more  negative  value  of  £°ed 
is  favored.  We  therefore  expect  Ni(s)  to  be  oxidized  at  the  anode.  Another 

thought  process  that  leads  to  the  same  conclusion  is  to  calculate  the  standard 

potentials  of  these  two  half-reactions  as  oxidations — which  means  we  just  flip 
the  sign  of  the  reduction  potentials,  as  we  discussed  above.  The  potentials  for 

the  half-reactions  as  written  would  be  —1.23  V  and  +0.28  V,  respectively,  and 
based  on  AG  =  -nFE  we  can  see  that  the  nickel  oxidation  should  be  sponta- 

neous. We  can  summarize  the  electrode  reactions  as 

Cathode  (steel  strip):  Ni2V/)  +  2e~   *  Ni(s)  E°ed  =  -0.28  V 

Anode  (nickel  strip):  Ni(s)  ►  Ni2+(aq)  +  2  e"       E°ed  =  -0.28  V 

If  we  look  at  the  overall  reaction,  it  appears  as  if  nothing  has  been  accom- 
plished. During  the  electrolysis,  however,  we  are  transferring  Ni  atoms 

Aqueous' 
NiSQ4 

Nickel 
anode 

▲  Figure  20.30   Electrolytic  cell  with  an 
active  metal  electrode.  Nickel  dissolves  from 

the  anode  to  form  Ni2  ̂  (aq).  At  the  cathode 
Ni2  (aq)  is  reduced  and  forms  a  nickel  "plate"  on the  cathode. 
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Current 
(amperes) 
and  time 

Quantity 
of  charge 
(coulombs) 

Moles  of 
electrons 
(faradays) 

Moles  of 
substance 
oxidized  or 
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Grams  of 
substance 
oxidized  or 
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▲  Figure  20.31    Relationship  between  charge  and  amount  of  reactant  and  product  in  electrolysis 
reactions.  This  flowchart  shows  the  steps  relating  the  quantity  of  electrical  charge  used  in  electrolysis  to  the 
amounts  of  substances  oxidized  or  reduced. 

ACTIVITIES 

from  the  Ni  anode  to  the  steel  cathode,  plating  the  steel  electrode  with  a  thin 

layer  of  nickel  atoms.  The  standard  emt  tor  the  overall  reaction  is  E°en  = 
E°t.(j  (cathode)  -  E°ed  (anode)  =  0  V.  Only  a  small  emf  is  needed  to  prov  ide 
the  "push"  to  transfer  the  nickel  atoms  from  one  electrode  to  the  other.  In 
Chapter  23  we  will  explore  further  the  utility  of  electrolysis  with  active  elec- 

trodes as  a  means  of  purifying  crude  metals. 

Quantitative  Aspects  of  Electrolysis 

The  stoichiometry  of  a  half-reaction  shows  how  many  electrons  are  needed  to 

achieve  an  electrolytic  process.  For  example,  the  reduction  of  Na '  to  Na  is  a 
one-electron  process:  ^   Electrolysis,  Electrolysis  Calculation  Example 

Na+  +  e"   >  Na 

Thus,  one  mole  of  electrons  will  plate  out  1  mol  of  Na  metal,  two  moles  of  elec- 
trons will  plate  out  2  mol  of  Na  metal,  and  so  forth.  Similarly,  two  moles  of 

electrons  are  required  to  produce  1  mol  of  copper  from  Cu  ,  and  three  moles 
of  electrons  are  required  to  produce  1  mol  of  aluminum  from  Al . 

Cu2,  +  2  e  — >  Cu 

Alv  +  3e~   *  Al 

For  any  half-reaction,  the  amount  of  a  substance  that  is  reduced  or  oxidized  in 
an  electrolytic  cell  is  directly  proportional  to  the  number  of  electrons  passed 
into  the  cell. 

The  quantity  of  charge  passing  through  an  electrical  circuit,  such  as  that  in 

an  electrolytic  cell,  is  generally  measured  in  coulombs.  As  noted  in  Section  20. ^, 
the  charge  on  one  mole  of  electrons  is  %,4N5  C  (1  faraday).  A  coulomb  is  the 

quantity  of  charge  passing  a  point  in  a  circuit  in  1  s  when  the  current  is  I  am- 
pere (A).  Therefore,  the  number  of  coulombs  passing  through  a  cell  can  he  ob- 

tained by  multiplying  the  amperage  and  the  elapsed  time  in  seconds 

Coulombs  =  amperes  x  seconds  [2().1S| 

Figure  20.31  ▲  shows  how  the  quantities  of  substances  produced  or  con- 
sumed in  electrolysis  are  related  to  the  quantity  of  electrical  charge  that  is  used. 

The  same  relationships  can  also  be  applied  to  voltaic  cells.  In  other  words,  elec- 
trons can  be  thought  of  as  reagents  in  electrolysis  reactions. 

M  SAMPLE  EXERCISE  20.14  |  Aluminum  Electrolysis 

Calculate  the  number  of  grams  of  aluminum  produced  in  1.00  h  bv  flu-  electrolysis  of  molten  AICI3  it  the  electrical  current  is 
10.0  A. 

Solution 

Analyze:  We  are  told  that  AlCb,  is  electrolyzed  to  form  Al  and  asked  to  calculate  the  number  of  grams  of  Al  produced  in  1 .00  li 
with  10.0  A. 
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Plan:  Figure  20.31  provides  a  road  map  of  the  problem.  First,  the  product  of  the  amperage  and  the  time  in  seconds  gives  the  num- 
ber of  coulombs  of  electrical  charge  being  used  (Equation  20.18).  Second,  the  coulombs  can  be  converted  with  the  Faraday  con- 

stant (/  =  96,483  C/mole  electrons)  to  tell  us  the  number  of  moles  of  electrons  being  supplied.  Third,  reduction  of  1  mol  of  Alv 
to  Al  requires  three  moles  of  electrons.  Hence  we  can  use  the  number  of  moles  of  electrons  to  calculate  the  number  of  moles  of  Al 
metal  it  produces.  Finally,  we  convert  moles  of  Al  into  grams. 

Solve:  First,  we  calculate  the 
coulombs  of  electrical  charge  that 
are  passed  into  the  electrolytic  cell: 

Coulombs  =  amperes  x  seconds 
(3600  s) 

=  (10.0  A )( 1.00  h)  p— ' 
=  3.60  x  \0A  C 

Second,  we  calculate  the  number  of 
moles  of  electrons  that  pass  into  the 
cell: 

Third,  we  relate  the  number  of 
moles  of  electrons  to  the  number 
of  moles  of  aluminum  being  formed, 
using  the  half-reaction  for  the  re- 

duction of  Al  : 

Thus,  three  moles  of  electrons  (3  F  of 
electrical  charge)  are  required  to 
form  1  mol  of  Al: 

Finally  we  convert  moles  to  grams: 

Moles  e"  =  (3.60  x  104C)(  1 96.485  C 

Alv  +  3e~   »  Al 

1  mol  Al 
Moles  Al  =  (0.373  mol  e 

Grams  Al  =  (0.124  mol  Al 

3  mol  e 

/27.0g  Al 

A  1  mol  Al 

=  0.124  mol  Al 

3.36  g  Al 

Because  each  step  involves  a  multi- 
plication by  a  new  factor,  the  steps 

can  be  combined  into  a  single  se- 
quence of  factors: Grams  Al  =  (3.60  x  104  C 

1  mole  e " 

%,485C  /V  3  mole 

1  mol  Al 27.0  g  Al\ 

N  PRACTICE  EXERCISE 

(a)  The  half-reaction  for  formation  of  magnesium  metal  upon  electrolysis  of  molten  MgCN  is  Mg2'  -  2  e   *  Mg.  Calculate 
the  mass  of  magnesium  formed  upon  passage  of  a  current  of  60.0  A  for  a  period  of  4.00  x  103  s.  (b)  How  many  seconds  would 
be  required  to  produce  30.0  g  of  Mg  from  MgCN  if  the  current  is  100.0  A? 

Answers:  (a)  30.2  g  of  Mg,  (b)  3.97  X  103  s 

Electrical  Work 

We  have  already  seen  that  a  positive  value  of  £  is  associated  with  a  negative 

value  for  the  free-energy  change  and,  thus,  with  a  spontaneous  process.  We  also 
know  that  for  any  spontaneous  process,  AG  is  a  measure  of  the  maximum  use- 

ful  work,   wmax,   that  can  be  extracted   from   the  process:   AG  =  u>max. 
Because  AG  =  —nFE,  the  maximum  useful  electrical  work  ob- 

tainable from  a  voltaic  cell  is 

wmax  =  -nFE  [20.19] 

The  cell  emf,  E,  is  a  positive  number  for  a  voltaic  cell,  so  wmax  will  be  a  negative 

number  for  a  voltaic  cell.  Work  done  by  a  svstem  on  its  surroundings  is  indicat- 
ed by  a  negative  sign  for  u\  Thus,  the  negative  value  for  u'max 

moans  that  a  voltaic  cell  does  work  on  its  surroundings. 
In  an  electrolytic  cell  we  use  an  external  source  of  energy  to  bring  about  a 

nonspontaneous  electrochemical  process.  In  this  case  AG  is  positive  and  Eceu  is 
negative.  To  force  the  process  to  occur,  we  need  to  apply  an  external  potential, 

Evxt,  which  must  be  larger  in  magnitude  than  Ece\\:  Eext  >  —  £ceii-  For  example,  if 
a  nonspontaneous  process  has  £cen  =  -0.9  V,  then  the  external  potential  Eext 
must  be  greater  than  0.9  V  in  order  for  the  process  to  occur. 
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When  an  external  potential  Eext  is  applied  to  a  cell,  the  surroundings  are 
doing  work  on  the  system.  The  amount  of  work  performed  is  given  by 

w  =  »FEexl  [20.20| 

Unlike  Equation  20.14,  there  is  no  minus  sign  in  Equation  20.20.  The  work  cal- 
culated in  Equation  20.20  will  be  a  positive  number  because  the  surroundings 

are  doing  work  on  the  system.  The  quantity  n  in  Equation  20.20  is  the  number 

of  moles  of  electrons  forced  into  the  system  by  the  external  potential.  The  prod- 
uct n  y  r  is  the  total  electrical  charge  supplied  to  the  system  by  the  external 

source  of  electricity. 
Electrical  work  can  be  expressed  in  energy  units  of  watts  times  time.  Ihe 

watt  (W)  is  a  unit  of  electrical  power  (that  is,  the  rate  of  energy  expenditure). 

1  W  =  1  I  s 

Thus,  a  watt-second  is  a  joule.  I  he  unit  employed  by  electric  utilities  is  the  kilo- 

watt-hour (kWh),  which  equals  3.6  •  106J. 

/ 3600 s  \  /  1  I  s  \ 
1  kWh      (1000  W)(l  hr)    3.0-   10"  |  20.21 V   1  hr  /V  1  W  / 

Using  these  considerations,  we  can  calculate  the  maximum  work  obtain- 
able from  the  voltaic  cells  and  the  minimum  work  required  to  bring  about  de- 
sired electrolysis  reactions. 

■i  SAMPLE  EXERCISE  20.15  |  Calculating  Energy  in  Kilowatt-hours 

Calculate  the  number  of  kilowatt-hours  of  electricity  required  to  produce  1.0  -  10"  kg  of  aluminum  by  electroly  sis  of  AU  if  the 
applied  voltage  is  4.50  V. 

Solution 

Analyze:  We  are  given  the  mass  of  A I  produced  from  A I  '  and  the  applied  voltage  and  asked  to  calculate  the  energy,  in  kilowatt- 
hours,  required  tor  the  reduction. 
Plan:  From  the  mass  of  Al,  we  can  calculate  first  the  number  of  moles  of  Al,  then  the  number  of  coulombs  required  to  obtain  that 
mass.  We  can  then  use  Equation  20.20,  w 
4.50  V. 

Solve:  First,  we  need  to  calculate  nF, 
the  number  of  coulombs  required: 

We  can  now  calculate  w.  In  doing  so, 
we  must  apply  several  conversion 
factors,  including  Equation  20.21, 
which  gives  the  conversion  between 
kilowatt-hours  and  joules: 

//F£lAt,  where  nF  is  the  total  charge  in  coulombs  and  /  ,.,,  is  the  applied  potential, 

1000  g  Al 

Coulombs  =  (1.00  x  10'  kg  Al) 

IH7  •  101('C 

1  mol  Al  \/  3  mol  e   \    96,485 C 

'V  27.0  g  Al  A  1  mol  Al  A  I  molee"  / 

Kilowatt-hours  =  (1.07  •   10U  C)(4.50  V) 

=  1.14  •   It)4  kWh 

I 
1  C-V  A  3.6  x 

kWh 

Comment:  This  quantity  of  energy  does  not  include  the  energy  used  to  mine,  transport,  and  process  the  aluminum  ore,  and  to 
keep  the  electrolysis  bath  molten  during  electrolysis.  A  typical  electrolytic  cell  used  to  reduce  aluminum  ore  to  aluminum  metal 

is  only  40%  efficient,  with  60%  of  the  electrical  energy'  being  dissipated  as  heat.  It  therefore  requires  on  the  order  of  33  k\Yh  of 
electricity  to  produce  1  kg  of  aluminum.  The  aluminum  industry  consumes  about  2"..  of  the  electrical  energy  generated  in  the 
United  States.  Because  this  is  used  mainly  to  reduce  aluminum,  recy  cling  this  metal  saves  large  quantities  of  energy. 

■1  PRACTICE  EXERCISE 

Calculate  the  number  of  kilowatt-hours  of  electricity  required  to  produce  1 .00  kg  of  Mg  from  elec  trolysis  of  molten  MgC  I  •  if  the 
applied  emf  is  5.00  V.  Assume  that  the  process  is  100",,  efficient. Answer:  11.0  kWh 
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■H  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

The  Ksp  at  298  K  for  iron(II)  fluoride  is  2.4  x  10  h.  (a)  Write  a  half-reaction  that  gives 
the  likely  products  of  the  two-electron  reduction  of  FeF2(s)  in  water,  (b)  Use  the 
value  and  the  standard  reduction  potential  of  Fe2+(aq)  to  calculate  the  standard  re- 

duction potential  for  the  half-reaction  in  part  (a),  (c)  Rationalize  the  difference  in  the 
reduction  potential  for  the  half-reaction  in  part  (a)  with  that  for  Fc2*(aq). 
Solution 
Analyze: 

We  are  going  to  have  to  combine  what  we  know  about  equilibrium  constants  and 
electrochemistry  to  obtain  reduction  potentials. 
Plan: 

For  (a)  we  need  to  determine  which  ion,  Fe~j  or  F  ,  is  more  likely  to  be  reduced  by  2 
electrons  and  write  the  overall  reaction  for  FeF2  +  2e  — »  ?  For  (b)  we  need  to 

write  the  Ksp  reaction  and  manipulate  it  to  get  Er  for  the  reaction  in  (a).  For  (c)  we need  to  see  what  we  get  for  (a)  and  (b). 

Solve:  (a)  Iron(II)  fluoride  is  an  ionic  substance  that  consists  of  Fe2+  and  F  ions.  We 
are  asked  to  predict  where  two  electrons  could  be  added  to  FeF2.  We  can't  envision 
adding  the  electrons  to  the  F  ions  to  form  F~  ,  so  it  seems  likely  that  we  could  reduce  the 
Fe-'  ions  to  Fe(s).  We  therefore  predict  the  half-reaction 

FeF2(s)  +  2e~   *  Fe(s)  +  2  F~(aq) 
(b)  The  Ks„  value  refers  to  the  following  equilibrium        (Section  17.4): 

FeF,(s)  Fe2></)  +  2  F  (aq)       Ksp  =  [Fe2+][F~]2  =  2.4  x  10  6 

We  were  also,  asked  to  use  the  standard  reduction  potential  of  Fe2*,  whose  half-reaction and  standard  voltage  are  listed  in  Appendix  E: 

¥e2+(aq)  +  2e~   ►  Fe(s)       E°  =  -0.440  V 

Recall  that  according  to  Hess's  law,  we  can  add  reactions  to  get  the  one  we  want  and 
that  we  can  add  thermodynamic  quantities  like  AH  and  AG  to  solve  for  the  enthalpy 
or  free  energy  of  the  reaction  we  want.  1 1  In  this  case  notice  that  if  we 
add  the  K„;,  reaction  to  the  standard  reduction  half-reaction  for  Fe  ,  we  get  the  half- reaction  we  want: 

1.  FeF2(s)  >  Fe2+(aq)  +  2  F~(aq) 

2.  Fe-(nq)  +  2  e~   >  Fe(s) 

Overall:         3.        FeF2(s)  +  2e"   >  Fe(s)  +  2  F  (^7) 
Reaction  3  is  still  a  ha  If- reaction,  so  we  do  see  the  free  electrons. 

If  we  knew  AG:  for  reactions  1  and  2,  we  could  add  them  to  get  AG°  for  reac- 
tion 3.  Recall  that  we  can  relate  AG°  to  E°  by  AG0  =  -nFE°  and  to  K  by 

AG°  =  -RT  In  K.  We  know  K  for  reaction  1;  it  is  Ks„.  We  know  E°  for  reaction  2. 
Therefore  we  can  calculate  AG°  for  reactions  1  and  2: 

Reaction  1: 

AG0  =  -RT  In  K  =  -(8.314  J/K  mol)(298  K)  ln(2.4  X  10~6)  =  3.2  x  104J/mol 

Reaction  2: 

AG°      -nFE:      -(2  mol)(96,485C/mol)( -0.440  J/C)  =  8.49  x  104  J 

(Recall  that  1  volt  is  1  joule  per  coulomb.) 

Then,  AG  for  reaction  3,  the  one  we  want,  is  3.2  x  104  J  (for  one  mole  of  FeF2)  + 
8.49  x  104  I  =  1.2  ■  10s  J.  We  can  convert  this  to  E°  easily  from  the  relationship 
AG°  =  -nFE°: 

1.2  <  10s  J  =  -(2mol)(96/485C/mol)£° 

£°  =  -0.61  1/C  =  -0.61  V. 

(c)  The  standard  reduction  potential  for  FeF2(-0.61  V)  is  more  negative  than 
that  for  Fe2+  (-0.440  V),  telling  us  that  the  reduction  of  FeF2  is  the  less  favorable 
process.  When  FeF2  is  reduced,  we  not  only  reduce  the  Fe_+  ions  but  also  break  up 
the  ionic  solid.  Because  this  additional  energy  must  be  overcome,  the  reduction  of 

FeF2  is  less  favorable  than  the  reduction  of  Fe-+. 
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SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  20.1  In  this  chapter  we  have 
focused  on  electrochemistry,  the  branch  of  chemistry  that 
relates  electricity  and  chemical  reactions.  Flectrochemistry 

involves  oxidation-reduction  reactions,  also  called  redox 
reactions.  These  reactions  involve  a  change  in  the  oxidation 

state  of  one  or  more  elements.  In  every  oxidation-reduction 
reaction  one  substance  is  oxidized  (its  oxidation  state  in- 

creases) and  one  substance  is  reduced  (its  oxidation  state 
decreases).  The  substance  that  is  oxidized  is  referred  to  as  a 

reducing  agent,  or  reductant,  because  it  causes  the  reduc- 
tion of  some  other  substance.  Similarly,  the  substance  that 

is  reduced  is  referred  to  as  an  oxidizing  agent,  or  oxidant, 
because  it  causes  the  oxidation  of  some  other  substance. 

Section  20.12  An  oxidization-reduction  reaction  can  be 

balanced  by  dividing  the  reaction  into  two  half-reactions, 
one  for  oxidation  and  one  for  reduction.  A  half-reaction  is  a 

balanced  chemical  equation  that  includes  electrons.  In  oxi- 
dation half-reactions  the  electrons  are  on  the  product 

(right)  side  of  the  reaction;  we  can  envision  that  these  elec- 
trons are  transferred  from  a  substance  when  it  is  oxidized. 

In  reduction  half-reactions  the  electrons  are  on  the  reactant 

deft)  side  of  the  reaction,  bach  half-reaction  is  balanced 
separately,  and  the  two  are  brought  together  with  proper 
coefficients  to  balance  the  electrons  on  each  side  of  the 

equation. 

Section  20.3  A  voltaic  (or  galvanic)  cell  uses  a  sponta- 
neous oxidation-reduction  reaction  to  generate  electricity. 

In  a  voltaic  cell  the  oxidation  and  reduction  halt-reactions 

often  occur  in  separate  compartments.  Each  compart- 
ment has  a  solid  surface  called  an  electrode,  where  the 

half-reaction  occurs.  The  electrode  where  oxidation  oc- 
curs is  called  the  anode;  reduction  occurs  at  the  cathode. 

The  electrons  released  at  the  anode  flow  through  an  ex- 
ternal circuit  (where  thev  do  electrical  work)  to  the  cath- 

ode. Electrical  neutrality  in  the  solution  is  maintained  by 
the  migration  of  ions  between  the  two  compartments 
through  a  device  such  as  a  salt  bridge. 

Section  20.4  A  voltaic  cell  generates  an  electromotive 
force  (emf)  that  moves  the  electrons  from  the  anode  to 

the  cathode  through  the  external  circuit.  The  origin  of 

emf  is  a  difference  in  the  electrical  potential  energy  of  the 
two  electrodes  in  the  cell.  The  emf  of  a  cell  is  called  its  cell 

potential,  Ecen,  and  is  measured  in  volts.  The  cell  poten- 
tial under  standard  conditions  is  called  the  standard  emf, 

or  the  standard  cell  potential,  and  is  denoted  E°en. 

A  standard  reduction  potential,  E°ecj,  can  be  assigned 
for  an  indiv  idual  half-reaction.  This  is  achieved  by  compar- 

ing the  potential  of  the  half-reaction  to  that  of  the  standard 
hydrogen  electrode  (SHE),  which  is  defined  to  have 

E°ed  =  0  V  and  is  based  on  the  following  ha  If- reaction: 

2  H  (aq,  1  M)  +  2  e  — ►  H2  (g,  1  atm)      E°ed  =  0  V 

The  standard  cell  potential  of  a  voltaic  cell  is  the  differ- 
ence between  the  standard  reduction  potentials  of  the 

half-reactions  that  occur  at  the  cathode  and  the  anode: 

E°ell  =  E°ed  (cathode)  -  E°ccj  (anode).  The  value  of  Eccii  is 
positive  for  a  voltaic  cell. 

For  a  reduction  half-reaction,  E°ecj  is  a  measure  of  the 
tendency  of  the  reduction  to  occur;  the  more  positive  the 

value  for  E°ej,  the  greater  the  tendency  of  the  substance  to 
be  reduced.  Thus,  E°ej  provides  a  measure  of  the  oxidizing 
strength  of  a  substance.  Fluorine  (1::)  has  the  most  positiv  e 

value  for  E°t.j  and  is  the  strongest  oxidizing  agent.  Sub- 
stances that  are  strong  oxidizing  agents  produce  products 

that  are  weak  reducing  agents,  and  vice  versa. 

Section  20.5  I  he  emf,  /,  is  related  to  the  change  in 

Gibbs  free  energy,  AC:  AC  —nFE,  where  n  is  the  num- 
ber of  electrons  transferred  during  the  redox  process  and 

E  is  Faraday's  constant,  defined  as  the  quantity  of  electrical 
charge  on  one  mole  of  electrons.  This  amount  of  charge  is 

1  faraday  (/  ):  1  F  =  96,485  C  mol.  Because  E  is  related  to 
AC,  the  sign  of  E  indicates  whether  a  redox  process  is 
spontaneous:  E  0  indicates  a  spontaneous  process,  and 
E  <  0  indicates  a  nonspontaneous  one.  because  AC  is 
also  related  to  the  equilibrium  constant  for  a  reaction 
(AC  =  —  RT  In  K),  we  can  relate  E  to  K  as  well. 

Section  20.6  The  emf  of  a  redox  reaction  varies  with 

temperature  and  with  the  concentrations  of  reactantsand 

products.  The  Nernst  equation  relates  the  emf  under 
nonstandard  conditions  to  the  standard  emf  and  the  reac- 

tion quotient  Q: 

£  =  E°  -  (RT  ill  )  In  Q     E   -  (0.0592  //)  logQ 

The  factor  0.0592  is  valid  when  7  =  2C'S  K.  A  concentration 
cell  is  a  voltaic  cell  in  which  the  same  hall-reaction  occurs 
at  both  the  anode  and  cathode  but  with  different  concentra- 

tions of  reactants  in  each  compartment. 

At  equilibrium,  Q  =  K  and  i  0.  (Tie  standard  emf 
is  therefore  related  to  the  equilibrium  constant. 

Section  20.7  A  battery  is  a  self-contained  electrochem- 
ical power  source  that  contains  one  or  more  voltaic  cells. 

Batteries  are  based  on  a  variety  of  different  redox  reac- 
tions. There  are  sev  eral  common  batteries  that  were  dis- 

cussed here.  The  lead-acid  battery,  the  nickel-cadmium 
battery,  the  nickel-metal-hydride  battery,  and  the  lithium- 
ion  battery  are  examples  of  rechargeable  batteries.  Un- 

common alkaline  dry  cell  is  not  rechargeable.  Fuel  cells 
are  voltaic  cells  that  utilize  redox  reactions  in  which  reac- 

tants such  as  IT  have  to  be  continuously  supplied  to  the 
cell  to  generate  voltage. 

Section  20.8  Electrochemical  principles  help  us  under- 
stand corrosion,  undesirable  redox  reactions  in  which  a 

metal  is  attacked  by  some  substance  in  its  environment. 
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The  corrosion  of  iron  into  rust  is  caused  by  the  presence 
of  water  and  oxygen,  and  it  is  accelerated  by  the  presence  of 
electrolytes,  such  as  road  salt.  The  protection  of  a  metal  by 
putting  it  in  contact  with  another  metal  that  more  readilv 

undergoes  oxidation  is  called  cathodic  protection.  Galva- 
nized iron,  for  example,  is  coated  with  a  thin  layer  of  zinc; 

because  zinc  is  oxidized  more  readily  than  iron,  the  zinc 
serves  as  a  sacrificial  anode  in  the  redox  reaction. 

Section  20.9  An  electrolysis  reaction,  which  is  carried 
out  in  an  electrolytic  cell,  employs  an  external  source  of 

electricitv  to  drive  a  nonspontaneous  electrochemical  re- 
action. The  negative  terminal  of  the  external  source  is 

connected  to  the  cathode  of  the  cell,  and  the  positive  ter- 
minal to  the  anode.  The  current-carrying  medium  within 

an  electrolytic  cell  may  be  either  a  molten  salt  or  an  elec- 
trolyte solution.  The  products  of  electrolysis  can  general- 

VISUALIZING  CONCEPTS 

20.1  One  wav  to  think  about  redox  reactions  is  that  they  are 
electron-transfer  reactions,  in  the  same  wav  that  acid- 
base  reactions  are  proton-transfer  reactions.  Explain. 
[Sections  20.1  and  20.2] 

20.2  Consider  the  reaction  in  Figure  20.3.  Describe  what 

would  happen  if  (a)  the  solution  contained  cadmi- 
um(II)  sulfate  and  the  metal  was  zinc,  (b)  the  solution 
contained  silver  nitrate  and  the  metal  was  copper. 
[Section  20.3] 

20.3  Redraw  Figure  20.5,  but  use  the  two  following  half-reac- 
tions to  make  a  voltaic  cell: 

Ni2'(aq)  +  2e~   »  Ni(s) 

Fe2+(aq)  +  2e   »  Fe(s) 
You  will  need  to  figure  out  which  reaction  occurs  at  the 
anode,  which  at  the  cathode,  and  what  the  voltmeter 
would  read  under  standard  conditions.  Assume  KNO3 
is  in  the  salt  bridge.  [Sections  20.3  and  20.4] 

20.4  Look  at  Figure  20.14.  Indicate  where  on  the  diagram  you 
would  find  (a)  the  chemical  species  that  is  the  easiest  to 

EXERCISES 

Oxidation  States 

20. c)  (a)  What  is  meant  by  the  term  oxidation?  (b)  On  which 
side  of  an  oxidation  half-reaction  do  the  electrons  ap- 

pear? (c)  What  is  meant  bv  the  term  oxidant?  (d)  What  is 
meant  bv  the  term  oxidizing  agent? 

20.10  (a)  What  is  meant  by  the  term  reduction?  (b)  On  which 
side  of  a  reduction  half-reaction  do  the  electrons  ap- 

pear? (c)  What  is  meant  by  the  term  reductant?  (d)  What 
is  meant  by  the  term  reducing  agent? 

20.11  Indicate  whether  each  of  the  following  statements  is 
true  or  false: 

(a)  li  something  is  oxidized,  it  is  formally  losing  electrons. 

ly  be  predicted  by  comparing  the  reduction  potentials  as- 
sociated with  possible  oxidation  and  reduction  processes. 

The  electrodes  in  an  electrolytic  cell  can  be  active,  mean- 
ing that  the  electrode  can  be  involved  in  the  electrolysis 

reaction.  Active  electrodes  are  important  in  electroplating 

and  in  metallurgical  processes. 

The  quantity  of  substances  formed  during  electrol- 
ysis can  be  calculated  by  considering  the  number  of 

electrons  involved  in  the  redox  reaction  and  the 

amount  of  electrical  charge  that  passes  into  the  cell. 
The  maximum  amount  of  electrical  work  produced  by  a 

voltaic  cell  is  given  by  the  product  of  the  total  charge 

delivered,  11F,  and  the  emf,  E:  n'm,,x  =  -nFE.  The  work 
performed  in  an  electrolysis  is  given  by  w  =  nFEext, 
where  E^t  is  the  applied  external  potential.  The  watt  is 

a  unit  of  power:  1  W  =  1  J/s.  Electrical  work  is  often 
measured  in  kilowatt-hours. 

oxidize,  and  (b)  the  chemical  species  that  is  the  easiest 
to  reduce.  [Section  20.4] 

20.5  For  the  generic  reaction  A(aq)  +  B(aq)   »  A~(aq)  + 
B~(aq)  for  which  £°  is  a  positiv  e  number,  answer  the  fol- 

lowing questions: 
(a)  What  is  being  oxidized,  and  what  is  being  reduced? 

(b)  If  you  made  a  voltaic  cell  out  of  this,  what  half- 
reaction  would  be  occurring  at  the  cathode,  and 
what  half-reaction  would  be  occurring  at  the  anode? 

(c)  Which  half-reaction  from  (b)  is  higher  in  potential 
energy?  [Sections  20.4  and  20.5] 

20.6  Draw  a  generic  picture  of  a  fuel  cell.  What  is  the  main 
difference  between  it  and  a  battery,  regardless  of  the 
redox  reactions  that  occur  inside?  [Section  20.7] 

20.7  How  does  a  zinc  coating  on  iron  protect  the  iron  from 
unwanted  oxidation?  [Section  20.8] 

20.8  You  may  have  heard  that  "antioxidants"  are  good  for 
your  health.  Based  on  what  you  have  learned  in  this 

chapter,  what  do  you  deduce  an  "antioxidant"  is? [Sections  20.1  and  20.2] 

(b)  For  the  reaction  Fe^~(aq)  +  Co2+(aq)   > 
Fe2*((7<j)  +  Co3+(fl^),  Fe3~(aq)  is  the  reducing  agent 
and  Co2'{aq)  is  the  oxidizing  agent. 

(c)  If  there  are  no  changes  in  the  oxidation  state  of  the 
reactants  or  products  of  a  particular  reaction,  that 
reaction  is  not  a  redox  reaction. 

20.12  Indicate  whether  each  of  the  following  statements  is 
true  or  false: 
(a)  If  something  is  reduced,  it  is  formally  losing 

electrons. 
(b)  A  reducing  agent  gets  oxidized  as  it  reacts. 
(c)  Oxidizing  agents  can  convert  CO  into  CO2. 



Exercises  1 

20.13  In  each  of  the  following  balanced  oxidation-reduction 
equations,  identify  those  elements  that  undergo  changes 
in  oxidation  number  and  indicate  the  magnitude  of  the 

change  in  each  cast'. 
(a)  I2CMs)  +  5CO(g)   >  I2(s)  +  5CO:(x) 

(b)  2  Hg2 '(</</)  +  N2H4(aq)   ► 
2Hg(/)  t  N2(g)  +  4  H  (aq) 

(c)  3H2S(rt(/)  +  2  H '(<»(/ J  •  2  NOi  (aq)   * 
3S(s)  +  2  NOOf)  +  4  H20(/) 

(d)  Ba2+(fl<j)  +  2  OH  (aa)  +  H202(aa)  •  2C102(aa)   ► 
Ba(C102)2(s)  +  2  H20(/)  +  02(ff) 

20.14  Indicate  whether  the  following  balanced  equations  in- 
volve oxidation-reduction.  If  they  do,  identify  the  ele- 
ments that  undergo  changes  in  oxidation  number. 

(a)  PBr3(/)  +  3H20(/)  —  H-JV-j,,,,)  y  3  HBr(aq) 
(b)  Nal(AA)  +  3HOC1(aa)   >  NaI03(rtfl)  •  3  HCI(,;</) 

(c)  3S02Q?)  +  2  HN03(rtfl)  -  2  H20(/)   ► 3  H2S04(Afl)  +  2  NO(tf) 

(d)  2H2S04(AA)  +  2NaBr(s)   > 
Br2(/)  +  S02(g)  +  Na2S04(rtfl)  *  2  H20(/) 

Balancing  Oxidation-Reduction  Reactions 

20.  At  900  C  titanium  tetrachloride  vapor  reacts  with 
molten  magnesium  metal  to  form  sola)  titanium  metal 
and  molten  magnesium  chloride,  (a)  Write  a  balanced 
equation  for  this  reaction,  (b)  What  is  being  oxidized, 
and  what  is  being  reduced?  (c)  Which  substance  is  the 

reductant,  and  which  is  the  oxidant1 
20.16  Hydrazine  (N2H4)  and  dinitrogen  tetroxide  (N204) 

form  a  self-igniting  mixture  that  has  been  used  as  a 
rocket  propellant.  The  reaction  products  are  N2  and 
H20.  (a)  Write  a  balanced  chemical  equation  for  this  re- 

action, (b)  What  is  being  oxidized,  and  what  is  being  re- 
duced? (c)  Which  substance  seis  es  as  the  reducing 

agent,  and  which  as  the  oxidizing  agent? 

20.17  Complete  and  balance  the  following  half-reactions.  In 
each  case  indicate  whether  the  half-reaction  is  an  oxida- 

tion or  a  reduction. 

(a)  Sn2'(«(/)   ►  Sn4  '((/</)    (acidic  or  basic  solution) 
(b)  Ti02(s)   ►  Ti   (aq)    (acidic  solution) 
(c)  CIO^,  (aq)   »  CI  (aq)    (acidic  solution) 
(d)  OH  (aq)   ►  02(g)    (basic  solution) 
(e)  SO3    (aq)   ►  SO4"  (aq)    (basic  solution) 

(f)  N2(g)   ►  NH4 '(<?(/)    (acidic  solution) 
<g)  N2(x)   "  Nile's')    (basic  solution) 

20.18  Complete  and  balance  the  following  half-reactions.  In 
each  case  indicate  whether  the  half-reaction  is  an  oxida- 

tion or  a  reduction 

(a)  Mo  "'(aq)   ►  Mo(s)    (acidic  or  basic  solution) 
(b)  H2SO-i((?</)   »  S042  (aq)    (acidic  solution) 
(c)  NO,  (aq)   ►  NO(g)    (acidic  solution) 

(d)  Mir  '(aq)   ►  Mn02(s)    (basic  solution) 
(e)  Cr(OH)3(s)   ►  Cr042  (aq)    (basic  solution) 

(f)  02(g)   *  H2Q(/)    (acidic solution) 

(g)  02(g)   ►  H20(/)    (basic  solution) 
20.14  Complete  and  balance  the  following  equations,  and 

identify  the  oxidizing  and  reducing  agents: 

(a)  Cr2072  (aq)  -  1  (aq)   ►  Cr^ (aq)  +  103  (aq) 
(acidic  solution) 

(b)  Mn04  (aq)  -  CI  I  -Ol  l(aq)   ► 
Mn2+(rt</)  •  HC02H(rtA)    (acidic  solution) 

(c)  l2(s)  +  OCI  (aq)   ►  I03  (aq)  *  CI  (aq) 
(acidic  solution) 

(d)  As203(s)  +  N03  (aq)   ►  H3As04(aa)  f  N203(n(/) 
(acidic  solution) 

(e)  Mn04  (aq)  *  Br  (aq)   ►  Mn02(s)  *  Br03  (aq) 
(basic  solution) 

(f)  Pb(OH)42  (aq)  I  CIO  (aq)   >  Pb02(s)  +  CI  (aq) 
(basic  solution ) 

20.20  Complete  and  balance  the  following  equations,  and 
identify  the  oxidizing  and  reducing  agents.  Recall  that 

the  O  atoms  in  hydrogen  peroxide,  1 1202,  have  an  atyp- 
ical oxidation  state. 

(a)  NO 2  (aq)  4  Cr2072  (aq)   ►  Cp*(aq)  +  NO,  (aq) (acidic  solution) 

(b)  As(s)  +  C103  (aq)   ►  H3As03(aa)  t  HClO(rttj) 
(acidic  solution ) 

(c)  Cr2072  (aq)  I  CH3OI  \(aq)   » 
I  l(  021  l(aq)  *  CP4(aq)    (acidic  solution) 

(d)  MnO,  (aq)  •  CI  (aq)   ►  Mn2+(aq)  *  Cl2(flfl) (acidic  solution ) 

(e)  H202(aa)  +  C\02(aq)   ►  C102  (aq)  4  02(g) 
(basic  solution) 

(f)  H202(aq)  I  C1207(aa)   ►  CI02  (aq)  I  02(g) 
(basic  solution ) 

Voltaic  Cells 

20.21  (a)  What  are  the  similarities  and  differences  between 

Figure  20.3  and  Figure  20.4?  (b)  Why  are  Na '  ions 
drawn  into  the  cathode  compartment  as  the  voltaic  cell 
shown  in  Figure  20.5  operates? 

20.22  (a)  What  is  the  role  ot  the  porous  glass  disc  shown  in 
Figure  20.4?  (b)  Why  do  NOi  ions  migrate  into  the 
anode  compartment  as  the  voltaic  cell  shown  in  Figure 
20.5  operates? 

20.23  A  voltaic  cell  similar  to  that  shown  in  Figure  20.5  is  con- 
structed. One  electrode  compartment  consists  of  a  silver 

strip  placed  in  a  solution  of  AgNO-;,  and  the  other  has 

,111  iron  strip  placed  in  .1  solution  ol  I  e(  l2.  1  he  overall 
cell  reaction  is 

Fe(s)  4  2  Ag  '(aq)   ►  Fe2 '(,/,/)  1  2  Ag(s) 

(a)  What  is  being  oxidized,  and  what  is  being  reduced? 
(b)  Write  the  half-reactions  that  occur  in  the  two  elec- 

trode compartments,  (c)  Which  electrode  is  the  .mode, 

and  which  is  the  cathode1  (d)  Indicate  the  signs  of  the 
electrodes,  (e)  Do  electrons  How  from  the  silver  elec- 

trode to  the  iron  electrode,  or  from  the  iron  to  the  silver? 
(f)  In  which  directions  do  the  cations  and  anions  mi- 

grate through  the  solution  ' 
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20.24  A  voltaic  cell  similar  to  that  shown  in  Figure  20.5  is  con- 
structed. One  electrode  compartment  consists  of  an  alu- 

minum strip  placed  in  a  solution  of  AlfNO^h,  and  the 
other  has  a  nickel  strip  placed  in  a  solution  of  NiSQ4. 
The  overall  cell  reaction  is 

2AI(s)  +  3  Ni2 '((?</)   »  2  AE '(,/</)  +  3  Ni(s) 

(a)  What  is  being  oxidized,  and  what  is  being  reduced1 

Cell  EMF  Under  Standard  Conditions 

20.25  (a)  What  is  meant  by   the  term  electromotive  force? 
(b)  What  is  the  definition  of  the  volt?  (c)  What  is  meant 

by  the  term  cell  potential? 
20.26  (a)  Which  electrode  of  a  voltaic  cell,  the  cathode  or  the 

anode,  corresponds  to  the  higher  potential  energy  for  the 
electrons?  (b)  What  are  the  units  for  electrical  potential? 
How  does  this  unit  relate  to  energy  expressed  in  joules? 
(c)  What  is  special  about  a  standard  cell  potential? 

20.27  (a)  Write  the  half-reaction  that  occurs  at  a  hydrogen  elec- 
trode in  acidic  aqueous  solution  when  it  serves  tis  the 

cathode  of  a  voltaic  cell,  (b)  What  is  standard  about 

the  standard  hydrogen  electrode?  (c)  What  is  the  role  of 
the  platinum  foil  in  a  standard  hydrogen  electrode? 

20.28  (a)  Write  the  half-reaction  that  occurs  at  a  hydrogen 
electrode  in  acidic  aqueous  solution  when  it  serves  as 
the  anode  of  a  voltaic  cell,  (b)  The  platinum  electrode  in 
a  standard  hydrogen  electrode  is  specially  prepared  to 
have  a  large  surface  area.  Why  is  this  important? 
(c)  Sketch  a  standard  hydrogen  electrode. 

20.29  (a)  What  is  a  standard  reduction  potential?  (b)  What  is  the 
standard  reduction  potential  of  a  standard  hydrogen 

electrode7  (c)  Based  on  the  standard  reduction  poten- 
tials listed  in  Appendix  E,  which  is  the  more  fav  orable 

process,  the  reduction  of  Ag '(</</)  to  Ag(s)  or  the  reduc- tion of  Sn   {aq)  to  Sn(s)? 

20.30  (a)  Why  is  it  impossible  to  measure  the  standard  reduc- 
tion potential  of  a  single  half-reaction?  (b)  Describe  how 

the  standard  reduction  potential  of  a  half-reaction  can 
be  determined,  (c)  By  using  data  in  Appendix  E,  deter- 

mine which  is  the  more  unfav  orable  reduction,  Cd  (aq) 

to  Cd(s)  or  Ca  '  (aq)  to  Ca(s). 
20.31  A  voltaic  cell  that  uses  the  reaction 

Tl3+(wj)  +  2Cr2'(aq)   >  IV  (aq)  +  2Cr^'(aq) 
has  a  measured  standard  cell  potential  of  +1.19  V. 
(a)  Write  the  two  half-cell  reactions,  (b)  Bv  using  data 

from  Appendix  E,  determine  E°ed  for  the  reduction  of 
TP '(</</)  to  T\+(aq).  (c)  Sketch  the  voltaic  cell,  label  the 
anode  and  cathode,  and  indicate  the  direction  of  elec- 

tron flow. 
20.32  A  voltaic  cell  that  uses  the  reaction 

PdCl42  (aq)  f  Cd(s)   »  Pd(s)  +  4  CI  (aq)  +  Cd2  (aq) 

has  a  measured  standard  cell  potential  of  +1.03  V. 
(a)  Write  the  two  half-cell  reactions,  (b)  By  using  data 

from  Appendix  E,  determine  E°e(j  for  the  reaction  in- 
volving I'd.  (c)  Sketch  the  voltaic  cell,  label  the  anode 

and  cathode,  and  indicate  the  direction  of  electron  flow. 

(b)  Write  the  half-reactions  that  occur  in  the  two  elec- 
trode compartments,  (c)  Which  electrode  is  the  anode, 

and  which  is  the  cathode7  (d)  Indicate  the  signs  of  the 
electrodes,  (e)  Do  electrons  flow  from  the  aluminum 
electrode  to  the  nickel  electrode,  or  from  the  nickel  to 
the  aluminum?  (f)  In  which  directions  do  the  cations 

and  anions  migrate  through  the  solution?  Assume  the 
Al  is  not  coated  with  its  oxide. 

20.33  Using  standard  reduction  potentials  (Appendix  E), 
calculate  the  standard  emf  for  each  of  the  following 
reactions: 

(a)  Cl2(g)  +  2  1  (aq)   »  2  CI  (aq)  +  I2(s) 

(b)  Ni(s)  4-  2  Ce4 '(aq)   »  \r'(aq)  -  2  Cev  (,;,/) 

(c)  Fe(s)  +  2Fe''((!</)   <•  3Fe2'0?Ij) 
(d)  2  Al3"1  (aq)  +  3  Ca(s)   >  2  Al(s)  +  3Ca2+(«q) 

20.34  Using  data  in  Appendix  E,  calculate  the  standard  emf 
for  each  of  the  following  reactions: 

(a)  H2(g)  +  F2(?)   *  2H'(n,])  4-  2¥"(aq) 
(b)  Cu(s)  4-  Ba2 '(,?,/)   »  Cu2^  (aq)  +  Ba(s) 
(c)  3Fe2'(/7l/)   >  Fe(s)  +  2  Fe3+(fl<?) 

(d)  Hg:2'(a,j)  -  2  Cu  »  2Hg(/)  +  2Cu2'(aq) 
20.35  The  standard  reduction  potentials  of  the  following  half- 

reactions  are  given  in  Appendix  E: 

Ag  '(aq)  +  e~   ►  Ag(s) 

Cu   (aq)  4-  2e~   >  Cu(s) 

Ni2"(rt(j)  +  2e~   *  Nits) 

Crv(rt<?)  +  3e~   >  Cr(s) 

(a)  Determine  which  combination  of  these  half-cell  reac- 
tions leads  to  the  cell  reaction  with  the  largest  positive 

cell  emf,  and  calculate  the  value,  (b)  Determine  which 
combination  of  these  half-cell  reactions  leads  to  the  cell 

reaction  with  the  smallest  positive  cell  emf,  and  calcu- 
late the  value. 

20.36  Given  the  following  half-reactions  and  associated  stan- 
dard reduction  potentials: 

AuBr_C(i?<j)  +  3e~   *  Au(s)  +  4  Br~(rti/) 
E°ed  =  -0.858  V 

Eu3+(rt(7)  +  e~   ►  Eu2~(aq) 

E°ed  =  -0.43  V 

lO  (aq)  +  H20(/)  4-  2e   *  l~(aq)  +  20H~(aq) 

£r°ed  =  +0.49  V 

Sn2  (,?(?)  +  2e"   »  Sn(s) 

E°ed  =  -0.14  V 

(a)  Write  the  cell  reaction  for  the  combination  of  these 

half-cell  reactions  that  leads  to  the  largest  positive  cell 
emf,  and  calculate  the  value,  (b)  Write  the  cell  reaction 
tor  the  combination  of  half-cell  reactions  that  leads  to 
the  smallest  positive  cell  emf,  and  calculate  that  value. 
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20.37  A  1  M  solution  of  Cu(N03)2  is  placed  in  a  beaker  with  a 
strip  of  Cu  metal.  A  1  M  solution  of  SnS04  is  placed  in  a 
second  beaker  with  a  strip  ot  Sn  metal.  The  two  beakers 

are  connected  by  a  salt  bridge,  and  the  two  metal  elec- 
trodes are  linked  by  wires  to  a  voltmeter,  (a)  Which  elec- 

trode serves  as  the  anode,  and  which  as  the  cathode1 
(b)  Which  electrode  gains  mass  and  which  loses  mass  as 
the  cell  reaction  proceeds?  (c)  Write  the  equation  for  the 
overall  cell  reaction,  (d)  What  is  the  emf  generated  by 
the  cell  under  standard  conditions? 

20.38  A  voltaic  cell  consists  of  a  strip  ot  lead  metal  in  a  solu- 
tion of  Pb(N03)2  in  one  beaker,  and  in  the  other  beaker  a 

platinum  electrode  is  immersed  in  a  NaCI  solution,  with 
gas  bubbled  around  the  electrode.  The  two  beakers 

are  connected  with  a  salt  bridge,  (a)  Which  electrode 

serves  as  the  anode,  and  which  as  the  cathode1  (b)  I  )oes 
the  Pb  electrode  gam  or  lose  mass  as  the  cell  reaction 

proceeds1  (c)  Write  the  equation  tor  the  overall  cell  reac- 
tion. (d)What  is  the  emf  generated  by  the  cell  under 

standard  conditions1 

Strengths  of  Oxidizing  and  Reducing  Agents 

20.39  From  each  of  the  following  pairs  of  substances,  use  data 
in  Appendix  E  to  choose  the  one  th.it  is  the  stronger  oxi- 

dizing agent: 
(a)  CI2(g)or  Br2(/) 

(b)  Ni2' (aq)  or  Cd2  G</) 
(c)  BKh  (aq)  or  [O3  (aq) 
(d)  H202(aq)  or  03(#) 

20.40  Prom  each  ot  the  following  pairs  ot  substan(  es,  use  data 
in  Appendix  P  to  choose  the  one  that  is  the  stronger  re- 

ducing agent: 
(a)  Fe(s)  or  Mg(s) 
(b)  Ca(s)or  Al(s) 

(c)  H2  (,'s',  acidic  solution)  or  H2S(x) 
(d)  H2SO^(aq)  or  H2C204(rtr/) 

20.41  By  using  the  data  in  Appendix  F,  determine  whether 
each  of  the  following  substances  is  likely  to  serve  as  an 
oxidant  or  a  reductant:  (a)  Cl2(#),  (b)  MnOj  (aq,  acidic 
solution),  (c)  Ba(s),  (d)  Zn(s). 

20.42  Is  each  ot  the  following  substances  likely  to  serve  as  an 

oxidant  or  a  reductant:  (a)  Na(s),  (b)  03(tf),  (c)  Cev  (aq), 
(d)  Sn2><7)? 

20.43  (a)  Assuming  standard  conditions,  arrange  the  following 
in  order  ot  increasing  strength  as  oxidizing  agents  in  acidic 

solution:  Cr2072  ,  H:0:.  Cir',  CP,  Q;.  (b)  Arrange  the 
following  in  order  ot  increasing  strength  as  reducing 

agents  in  acidic  solution:  Zn,  I  ,  Sn" ' ,  1 1202,  Al. 
20.44  Based  on  the  data  in  .Appendix  F,  (a)  which  of  the  fol- 

lowing is  the  strongest  oxidizing  agent  and  which  is  the 
weakest  in  acidic  solution:  Ce  ,  Br2,  H202,  Zn? 
(b)  Which  ot  the  following  is  the  strongest  reducing 
agent,  and  which  is  the  weakest  in  acidic  solution:  F  , 
Zn,  NGPPG  ,  P.  NO? 

20.45  The  standard  reduction  potential  tor  the  reduction  of 

Eu  +(aq)  to  Eu  (aq)  is  -0.43  V.  Using  Appendix  F,  which 
of  the  following  substances  is  capable  of  reducing  Eu  '  (at]) 
to  Fir '  (aq)  under  standard  conditions:  Al,  Co, 
F1202,  N2rV,  H2C204? 

20.46  The  standard  reduction  potential  for  the  reduction  of 

RuO.j  (aq)  to  Ru04~  (aq)  is  1-0.59  V.  B)  using  Appendix 
E,  which  ot  the  following  substances  can  oxidize 

Ru04  (aq)  to  RuOj  (</!/)  under  standard  conditions: 

Cr2072  (aq),  CIO  (aq),  Pb2+(aq),  I2(s),  Ni2'  (aq)? 

Free  Energy  and  Redox  Reactions 

20.47  Given  the  following  reduction  hall-reactions: -»  Fe2+(aq) 
Fe   (aq)  +  e 

S2Oh2  (aq)  +  4  U  (aq)  4-  2  e 

N20(aq)  +  2  H  '  (aq)  +  2e 

VO:  '((?</)  +  2  PI '  (aq)  +  e 

'  „,!  -  +l».77  V 
2  H2S03(fl^) 

E°j  =  +0.W)  V 

N2(g)  +  H20(/) 

E°ed  =  -1.77  V 
V02+(aq)  +  H20(/) 

E°ed  =  +1.00  V 

(a)  Write  balanced  chemical  equations  for  the  oxidation 

of  Fe2' (aq)  by  S2062  (aq),  by  N20(aq),  and  by  VO: '  (aq). (b)  Calculate  AG  for  each  reaction  at  298  K.  (c)  Calculate 
the  equilibrium  constant  K  for  each  reaction  at  298  K. 

20.48  For  each  of  the  following  reactions,  write  a  balanced 
equation,  calculate  the  standard  emf,  calculate  AC  at 
298  K,  and  calculate  the  equilibrium  constant  K  at  298  K. 

(a)  Aqueous  iodide  ion  is  oxidized  to  I2(s)  by  Hg22'  (aq). 
(b)  In  acidic  solution,  copper(I)  ion   is  oxidized  to 

copper(ll)   ion   by   nitrate   ion.   (c)  In   basic  solution, 

CrfOl  [)3(s)  is  oxidized  toC  r042  (aq)  by  CIO  (aq). 
20.41)  If  the  equilibrium  constant  for  a  two-electron  redox  re- 

action at  2C'S  K  is  1.5  •  10   ,  calculate  the  correspond- 
ing AG  and  /  ,,n  under  standard  conditions. 

20.50  It  the  equilibrium  constant  for  a  one-electron  redox  reac- 
tion at  2e>N  k  is  3.7  ■  l()'\  calculate  the  corresponding 

AG  and  f  (,n  under  standard  conditions. 

20.51  Using  the  standard  reduction  potentials  listed  in 
Appendix  E,  calculate  the  equilibrium  constant  tor  each 
of  the  following  reac  lions  at  298  P. 

(a)  Fe(s)  *  Ni2 '  (aq)   ►  \:v-  (aq)  +  NiG) 
(b)  (  o(s)  -2  11  {aq)   »  Go2 (aq)  \  H2(g) 
(c)  10  Br  (aq)  -t  2  MnO,  (aq)  ■  16  H  (aq)   ► 

2  Mn2+(flij)  l  8  1 120(/)  l  5  Br2(l) 

20.52  Using  the  standard  reduction  potentials  listed  in 
-Appendix  E,  calculate  the  equilibrium  constant  for  each 

of  the  following  reactions  at  2L>N  k: 

(a)  2  VO: '(<?</)  '  -f'PG'/)  •  2Ag(s)   ► 
2\'0:  (aq)  t  2H20(/)  t  2  Ag  '(aq) 

ib)3Ce4+(aq)  t  Bi(s)  l  H2Of/)  - 
3  Gev  (aq)  I  BiO  '  (aq)  '211  (aq) 

(c)  N211GG</)  •  4Fe(CN)63  (aq)   * 
N2(g)  I  5  \  I  (aq)  •  4  I  e(C  \)„'  (aq) 
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20.53  A  eel)  has  a  standard  emf  of  +0.177  V  at  298  K.  VVh.it  is 

the  value  of  the  equilibrium  constant  for  the  cell  reac- 
tion (a)  if  n  =  1?  (b)  if  n  =  2?  (c)  if =  3? 

Cell  EMF  Under  Nonstandard  Conditions 

20.55  (a)  Under  what  circumstances  is  the  Nernst  equation  ap- 
plicable? (b)  What  is  the  numerical  value  of  the  reaction 

quotient,  Q,  under  standard  conditions?  (c)  What  hap- 
pens to  the  emf  of  a  cell  if  the  concentrations  of  the  reac- 

t, mts  are  increased? 
20.56  (a)  A  voltaic  cell  is  constructed  with  all  reactants  and 

products  in  their  standard  states.  Will  this  condition 
hold  as  the  cell  operates?  Explain,  (b)  Can  the  Nernst 
equation  be  used  at  temperatures  other  than  room  tem- 

perature? Explain,  (c)  What  happens  to  the  emf  of  a  cell 
if  the  concentrations  of  the  products  are  increased? 

20.57  What  is  the  effect  on  the  emf  of  the  cell  shown  in 

Figure    20.11,    which    has    the    overall  reaction 

Zn(s)  +  2H+(aq)   »  Zn2  (,?</)  +  H2(g),  for  each  of 
the  following  changes?  (a)  The  pressure  of  the  Hi  gas 
is  increased  in  the  cathode  compartment,  (b)  Zinc 

nitrate  is  added  to  the  anode  compartment,  (c)  Sodi- 
um hydroxide  is  added  to  the  cathode  compartment, 

decreasing  [FF[.  (d)  The  surface  area  of  the  anode  is 
doubled. 

20.58  A  voltaic  cell  utilizes  the  following  reaction: 

Al(s)  +  3Ag+(aq)   >  Al3+(aq)  +  3  Ag(s) 

What  is  the  effect  on  the  cell  emf  of  each  of  the  following 
changes?  (a)  Water  is  added  to  the  anode  compartment, 
diluting  the  solution,  (b)  The  size  of  the  aluminum  elec- 

trode is  increased,  (c)  A  solution  of  AgNO,  is  added  to 
the  cathode  compartment,  increasing  the  quantity  of 

Ag '  but  not  changing  its  concentration,  (d)  HC1  is 
added  to  the  AgNCh  solution,  precipitating  some  of  the 
AgasAgCl. 

20.59  A  voltaic  cell  is  constructed  that  uses  the  following  reac- 
tion and  operates  at  298  K: 

Zn(s)  +  Nr'Uiq)   >  Zn2*(,;</)  +  Ni(s) 

(a)  What  is  the  emf  of  this  cell  under  standard  conditions? 

(b)  What  is  the  emf  of  this  cell  when  [Ni2]  =  3.00  M  and 
[Zn  ;  |  -  0.100  Ml  (c)  What  is  the  emf  of  the  cell  when 
[Ni2t]  =  0.200  M  and  [Zn2t]  =  0.900  M ? 

20.60  A  voltaic  cell  utilizes  the  following  reaction  and  oper- 
ates at  298  K: 

3  Ce '  (,«/)  +  Cr(s)   ►  3  Ce3></)  +  CP*  (,?</) 

(a)  What  is  the  emf  of  this  cell  under  standard  conditions? 

(b)  What  is  the  emf  of  this  cell  when  [Ce4+]  =  2.0  M, 
[Ce3+]  =  0.010  Aland  [Cr3+]  =  0.010  M?  (c)  What  is  the 
emf  of  the  cell  when  [Ce4+]  =  0.35  M,  [Ce3+]  =  0.85  M, 
and  [CV|  =  1.2  /VI? 

20.54  At  298  K  a  cell  reaction  has  a  standard  emf  of  +0.17  V. 

The  equilibrium  constant  for  the  cell  reaction  is 
5.5  ■   10\  What  is  the  value  of  n  for  the  cell  reaction? 

20.61  A  voltaic  cell  utilizes  the  following  reaction: 

4  Fe2' (,?,/)  +  02(gj  r  4  I  l+(g)   ►  4  Fev  (<;</)  +  2  H20(/) 

(a)  What  is  the  emf  of  this  cell  under  standard  condi- 
tions? (b)  What  is  the  emf  of  this  cell  when 

[Fe24]  =  1.3  M,  [Fe3+]  =  0.010  M,  PQ,  =  0.50  atm,  and 
the  pH  of  the  solution  in  the  cathode  compartment  is 
3.50? 

20.62  A  voltaic  cell  utilizes  the  following  reaction: 

2Fev(,///)  -  H2(g)   ►  2Fe2^(aq)  +  2H+{aq) 

(a)  What  is  the  emf  of  this  cell  under  standard  condi- 

tions7 (b)  What  is  the  emf  for  this  cell  when  [Fev]  = 

1.50  M,  Ph2  =  0.50  atm,  [Fe2  ]  =  0.0010  M,  and  the  pH 
in  both  compartments  is  5.00? 

20.63  A  voltaic  cell  is  constructed  with  two  Zn2*-Zn  elec- 

trodes. The  two  cell  compartments  have  [Zn2'  ]  =  1.8  M 
and  [Zn2  [  =  1.00  X  10  2  M,  respectively,  (a)  Which 
electrode  is  the  anode  of  the  cell?  (b)  What  is  the  stan- 

dard emf  of  the  cell?  (c)  What  is  the  cell  emf  for  the  con- 
centrations given?  (d)  For  each  electrode,  predict 

whether  [Zir*]  will  increase,  decrease,  or  stay  the  same 
as  the  cell  operates. 

20.64  A  voltaic  cell  is  constructed  with  two  silver-silver  chlo- 
ride electrodes,  each  of  which  is  based  on  the  following 

half-reaction: 

AgCl(s)  +  e~   »  Ag(s)  +  C\  (aq) 

The  two  cell  compartments  have  [CP]  =  0.0150  M 
and  [CI  ]  =  2.55  M,  respectively,  (a)  Which  electrode 
is  the  cathode  of  the  cell?  (b)  What  is  the  standard 

emf  of  the  cell?  (c)  What  is  the  cell  emf  for  the  concen- 
trations given?  (d)  For  each  electrode,  predict 

whether  [CI  ]  will  increase,  decrease,  or  stay  the  same 
as  the  cell  operates. 

20.65  The  cell  in  Figure  20.11  could  be  used  to  provide  a  mea- 
sure of  the  pH  in  the  cathode  compartment.  Calculate 

the  pH  of  the  cathode  compartment  solution  if  the  cell 
emf  at  2%  K  is  measured  to  be  +0.684  V  when 

[Zn2^  ]  =  0.30  M  and  PH,  =  0-90  atm. 
20.66  A  voltaic  cell  is  constructed  that  is  based  on  the  follow- 

ing reaction: 

Sn2'((7(j)  4-  Pb(s)   »  Sn(s)  +  Fb2~{aq) 

(a)  If  the  concentration  of  Sn2'  in  the  cathode  compart- 
ment is  1 .00  M  and  the  cell  generates  an  emf  of  +0.22  V, 

what  is  the  concentration  of  Pb2^  in  the  anode  compart- 
ment? (b)  If  the  anode  compartment  contains 

[S042  ]  =  1.00  M  in  equilibrium  with  PbS04(s),  what  is 
the  Ksp  of  PbSQ4? 
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Batteries  and  Fuel  Cells 

20.67  (a)  What  happens  to  the  eml  of  a  battery  as  it  is  used1 
Why  docs  this  happen1  (b)  The  AA-size  and  D-size  al- 

kaline batteries  are  both  1.5-V  batteries  that  are  based  on 

the  same  electrode  reactions.  What  is  the  major  differ- 
ence between  the  two  batteries?  What  performance  fea- 

ture is  most  affected  bv  this  difference? 

20.68  Surest  an  explanation  for  whv  liquid  water  is  needed 
in  an  alkaline  battery. 

20.69  During  a  period  of  discharge  of  a  lead-a<  id  battery,  402  g 
of  I'b  from  the  anode  is  converted  into  l'bSOj(s).  What 
mass  of  Pb02(s)  is  reduced  at  the  cathode  during  this 
same  period? 

20.70  During  the  discharge'  ol  an  alkaline  battery  12.6  g  ol  Zn 
are  consumed  at  the  anode  of  the  battery.  What  mass  of 
MnOi  is  reduced  at  the  cathode  during  this  discharge? 

20.71  Heart  pacemakers  are  often  powered  by  lithium-silver 
chromate  "button"  batteries,  rhe overall  cell  reaction  is: 

2Li(s)  +  Ag2Cr04(s)   ►  Li2Cr04(s)  -  2  Ag(s) 

(a)  I  ithium  metal  is  the  reactant  at  one  ol  the  elec  trodes 

of  the  battery.  Is  it  the  anode  or  the  cathode?  (b)  Choose 
the  two  half-reactions  from  -Appendix  E  that  most  closely 
approximate  the  reactions  that  occur  in  the  battery.  What 
standard  emf  would  be  generated  by  a  voltaic  cell  based 

on  these  half-reactions7  (c)  The  battery  generates  an  emf 
of  +3.5  V.  How  close  is  this  value  to  the  one  calculated 

in  part  (b)?  (d)  Calculate  the  emf  th.it  would  be  generat- 
ed at  body  temperature,  37  C.  I  low  does  this  compare 

to  the  emf  von  calculated  in  part  (b)? 

Corrosion 

20.77  (a)  Write  the  anode  and  cathode  reactions  that  cause  the 

corrosion  of  iron  metal  to  aqueous  iron(Il).  (b)  Write  the 
balanced  half-reactions  involved  in  the  air  oxidation  ol 

Fe2+(aq)  to  Fe203-3  H20. 
20.78  (a)  Based  on  standard  reduction  potentials,  would  you 

expect  copper  metal  to  oxidize  under  standard  condi- 
tions in  the  presence  of  oxygen  and  hydrogen  ions1 

(b)  When  the  Statue  of  Liberty  was  refurbished,  Tef  lon 
spacers  were  placed  between  the  iron  skeleton  and  the 
copper  metal  on  the  surface  of  the  statue.  What  role  do 
these  spacers  play? 

20.79  (a)  Magnesium  metal  is  used  as  a  sacrificial  anode  to  pro- 
tect underground  pipes  from  corrosion.  Why  is  the  mag- 

nesium referred  to  as  a  "sacrificial  anode"?  (b)  Looking  in 
Appendix  E,  suggest  what  metal  the  underground  pipes 
could  be  made  from  in  order  for  magnesium  to  be  suc- 

cessful as  a  sacrificial  anode. 

Electrolysis;  Electrical  Work 

20.83  (a)  What  is  electrolysis?  (b)  Are  electrolysis  reactions 

thermodynamically  spontaneous1  Explain,  (c)  What 
process  occurs  at  the  anode  in  the  electrolysis  of  molten 
NaCl? 

20.84  (a)  What  is  an  electrolytic  cell?  (b)  The  negative  termi- 
nal of  a  voltage  source  is  connected  to  an  electrode  of 

an  electrolytic  cell.  Is  the  electrode  the  anode  or  the 

20.72  Mercuric  oxide  dry-cell  batteries  are  often  used  u  here  a 

high-energy  densih  is  required,  such  as  m  watches  and 
cameras.  I  lie  two  halt-cell  reactions  that  occur  in  the 

batter)  arc 

HgO(s)  +  H20(/)  +  2e      —  Hg(/)  -  2  OH  (aq) 

Zn(s)  -  2  OH  (aq)   ►  ZnO(s)  -  H20(/)  +  2e 
(a)  Write  the  overall  cell  reaction,  (b)  The  value  of  Lu.j 

tor  the  cathode  reaction  is  +0.098  Y.  I  he  overall  cell  po- 
tential is  +1.35  V.  Assuming  that  both  halt-cells  operate- 

under  standard  conditions,  what  is  the  standard  reduc- 
tion potential  for  the  anode  reaction?  (c)  Whv  is  the  po- 

tential of  the  anocle  reaction  different  than  would  be 

expected  it  the  reaction  occurred  in  an  acidic  medium1 
20.73  (a)  Suppose  that  an  alkaline  battery  w  as  manufac  tured 

using  cadmium  metal  rather  than  /inc.  What  effect 
would  this  have  on  the  cell  emf?  (b)  What  en\  ironmen- 

tal  advantage  is  provided  by  the  use  of  nickel-metal-h)  - 
dride  batteries  over  the  nickel-cadmium  batteries1 

20.74  (a)  The  nonrechargeable  lithium  batteries  used  for  pho- 
tography use  lithium  metal  as  the  anocle.  What  advan- 

tages might  be  realized  by  using  lithium  rather  than  zinc, 
cadmium,  lead,  or  nic  kel?  (b)  The  rechargeable  lithium- 
ion  battery  does  not  use  lithium  metal  as  an  electrode  ma- 

terial. Nevertheless,  it  still  has  a  substantial  advantage 
over  nickel-based  batteries.  Suggest  an  explanation. 

20.75  The  hydrogen-oxygen  fuel  cell  has  a  standard  emf  ol 
1.23  V.  What  advantages  and  disadv  antages  are  there  to 
using  this  device  as  a  source  of  power,  compared  to  a 
L55-V  alkaline  battery? 

20.76  Can  the  "fuel"  of  a  fuel  cell  be  a  solid1  Explain. 

20.80  An  iron  object  is  plated  with  a  coating  of  cobalt  to  pro- 
tect against  corrosion.  I  )oes  the  cobalt  protect  iron  by  ca- 

thodic  protection7  Explain. 

20.81  A  plumber's  handbook  states  that  you  should  not  con- 
nect a  brass  pipe  directly  to  a  galvanized  steel  pipe  be- 

cause' electrochemic.il  reactions  between  the  two  metals 
w  ill  cause  corrosion.  I  he  handbook  recommends  you 
use,  instead,  an  insulating  fitting  to  connect  them.  Brass 
is  a  mixture  of  copper  and  /inc.  What  spontaneous  redox 

reaction(s)  might  cause  the  corrosion?  lusiih  your  an- 
swer with  standard  eml  calculations. 

20.82  A  plumber's  handbook  states  that  you  should  not  con- 
nect a  copper  pipe  directly  to  a  steel  pipe  because  elec- 

trochemical reactions  between  the  two  metals  w  ill  cause 

corrosion.  The  handbook  recommends  you  use,  instead, 
an  insulating  fitting  to  connect  them.  What  spontanei  his 

redox  reaction(s)  might  cause  the  corrosion1  |ustilv  your answer  with  standard  eml  cal<  illations 

cathode  of  the  cell?  I  xplain.  (c)  I  he  electrolysis  of 
water  is  often  done  with  a  small  amount  ol  sulfuric 
acid  added  to  the  water.  What  is  the  role  ol  the  sulfu- 

ric  acid  1 20.85  (a)  A  Cr  *(aq)  solution  is  electrolyzed,  using  a  current  ol 
7.60  A.  What  mass  of  Cr(s)  is  plated  out  alter  2.00  days? 
(b)  What  amperage  is  required  to  plate  out  0.25(1  mol  (  r 

from  a  Cr  '   solution  in  a  period  ol  N.00  h1 
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20.86  Metallic  magnesium  can  be  made  by  the  electrolysis  of 
molten  MgCl2-  (a)  What  mass  of  Mg  is  formed  by  pass- 

ing a  current  of  5.25  A  through  molten  MgCl2  for  2.50 
days?  (b)  How  many  minutes  are  needed  to  plate  out 
10.00  g  Mg  from  molten  MgCl2,  using  3.50  A  of  current? 

20.87  A  v  oltaic  cell  is  based  on  the  reaction 

Sn(s)  +  I2(s)   >  Sn'  (aq)  +  2  I  (aq) 
Under  standard  conditions,  what  is  the  maximum  elec- 

trical work,  in  joules,  that  the  cell  can  accomplish  if  75.0 
g  of  Sn  is  consumed? 

20.88  Consider  the  voltaic  cell  illustrated  in  Figure  20:5,  which 
is  based  on  the  cell  reaction 

Zn(s)  +  Cu2+(aq)   ►  Zn2,(aq)  +  Cu(s) 

Under  standard  conditions,  what  is  the  maximum  elec- 
trical work,  in  joules,  that  the  cell  can  accomplish  if  50.0 

g  of  copper  is  plated  out? 

20.89  (a)  Calculate  the  mass  of  Li  formed  by  electrolysis  of 

molten  LiCI  by  a  current  of  7.5  X  104  A  flowing  for  a  pe- 
riod of  24  h.  Assume  the  electrolytic  cell  is  85%  efficient, 

(b)  What  is  the  energy  requirement  for  this  electrolysis 
per  mole  of  l.i  formed  if  the  applied  emf  is  +7.5  V? 

20.90  Elemental  calcium -is  produced  by  the  electrolysis  of 
molten  CaCl2.  (a)  What  mass  of  calcium  can  be  pro- 

duced by  this  process  if  a  current  of  6.5  X  10^  A  is  ap- 
plied for  48  h?  Assume  that  the  electrolytic  cell  is  68% 

efficient,  (b)  What  is  the  total  energy  requirement  for 

this  electrolysis  if  tin-  applied  emf  is  +5.00  V? 

Additional  Exercises 

20.91  A  disproportionation  reaction  is  an  oxidation-reduction 
reaction  in  which  the  same  substance  is  oxidized  and  re- 

duced. Complete  and  balance  the  following  dispropor- 
tionation reactions: 

(a)  Ni+(flq)   ►  Ni2+(aq)  +  Ni(>)      (acidic  solution) 

(b)  Mn042  (aq)   >  MnQ4  '(aq)  +  Mn02(s)  (acidic solution) 

(c)  H2S03(aq)   >  S(s)  +  HS04~(aq)  (acidic  solution) 
(d)  C\2(aq)   ►  CI  (aq)  +  CIO  (aq)   (basic  solution) 

20.92  This  oxidation-reduction  reaction  in  acidic  solution  is 

spontaneous: 

5  Fe:+(<7,/)  +  Mn04 "(aq)  +  8  H+(aq)   > 
5¥e3+(aq)  +  Mn2'(,?,/)  +  4H20(7) 

A  solution  containing  KMn04  and  H2S04  is  poured  into 

one  beaker,  and  a  solution  of  FeS04  is  poured  into  an- 
other. A  salt  bridge  is  used  to  join  the  beakers.  A  plat- 
inum foil  is  placed  in  each  solution,  and  the  two 

solutions  are  connected  by  a  wire  that  passes  through  a 
voltmeter,  (a)  Sketch  the  cell,  indicating  the  anode  and 
the  cathode,  the  direction  of  electron  movement  through 
the  external  circuit,  and  the  direction  of  ion  migrations 
through  the  solutions,  (b)  Sketch  the  process  that  occurs 
at  the  atomic  level  at  the  surface  of  the  anode,  (c)  Calcu- 

late the  emf  of  the  cell  under  standard  conditions, 

(d)  Calculate  the  emf  of  the  cell  at  298  K  when  the  con- 

centrations are  the  following:  pH  =  0.0,  [Fe2+]  =  0.10  /VI, 
[MnQ4  ]  =  1.50  M,  [Fe3+]  =  2.5  X  10~4  M,  [Mn2t]  = 0.001  M. 

20.93  A  common  shorthand  way  to  represent  a  voltaic  cell  is 
to  list  its  components  as  follows: 

anode|anode  solution ||cathode  solution|cathode 

A  double  vertic  al  line  represents  a  salt  bridge  or  a  porous 
barrier.  A  single  vertical  line  represents  a  change  in  phase, 
such  as  from  solid  to  solution,  (a)  Write  the  half-reactions 

and  overall  cell  reaction  represented  by  Fe|Fe~f ||Ag  +  |Ag; 
sketch  the  cell,  (b)  Write  the  half-reactions  and  overall  cell 

reaction  represented  by  Zn|Zrrf||H  'IHt;  sketch  the  cell, 
(c)  Using  the  notation  just  described,  represent  a  cell 
based  on  the  following  reaction: 

ClOCH)  +  3Cu(s)  +  6H'(mj)   * 
CI  (aq)  +  3Cu2'((?(7)  +  3  H20(7) 

Ft  is  used  as  an  inert  electrode  in  contact  with  the  CIO3 
and  CI  .  Sketch  the  cell. 

20.94  Predict  whether  the  following  reactions  will  be  sponta- 
neous in  acidic  solution  under  standard  conditions: 

(a)  oxidation  of  Sn  to  Sn2*  by  I2  (to  form  I  ),  (b)  reduc- 
tion of  Ni~"  to  Ni  by  I  (to  form  I2),  (c)  reduction  of  Ce 

to  Ce34  by  H202,  '(d)  reduction  of  Cu2'  to  Cu  by  Sn2* 

(to  form  Sn4* ). 120.95]  Gold  exists  in  two  common  positive  oxidation  states,  +1 
and  +3.  The  standard  reduction  potentials  for  these  oxi- 

dation states  are 

Au'(aq)  +  e~   *  Au(s)       £°-d  =  +1-69  V 

Aiv'(aq)  +  3e~   ►  Au(s)       E°ed  =  +1.50  V 

(a)  Can  you  use  these  data  to  explain  why  gold  does  not 
tarnish  in  the  air?  (b)  Suggest  several  substances  that 
should  be  strong  enough  oxidizing  agents  to  oxidize  gold 
metal,  (c)  Miners  obtain  gold  by  soaking  gold-containing 
ores  in  a  aqueous  solution  of  sodium  cyanide.  A  very  sol- 

uble complex  ion  of  gold  forms  in  the  aqueous  solution  as 
a  result  of  the  redox  reaction 

4Au(s)  +  8NaCN(a<?)  +  2  H2Of/)  +  02(g)   ► 

4  Na[Au(CN)2](«9)  +  4  NaOH(^) 

What  is  being  oxidized,  and  what  is  being  reduced,  in 
this  reaction?  (d)  Gold  miners  then  react  the  basic 

aqueous  product  solution  from  part  (c)  with  Zn  dust 
to  get  gold  metal.  Write  a  balanced  redox  reaction  for 
this  process.  What  is  being  oxidized,  and  what  is  being 
reduced? 

20.96  A  voltaic  cell  is  constructed  from  an  Ni2+(fl(])-Ni(s)  half-cell 
and  an  Ag+(rtij)-Ag(s)  half-cell.  The  initial  concentration  of 
Ni2+(aq)  in  the  Ni2+-Ni  half-cell  is  [Ni2+]  =  0.0100  M. 
The  initial  cell  voltage  is  +1.12  V.  (a)  By  using  data  in 
Table  20.1,  calculate  the  standard  emf  of  this  voltaic  cell. 

(b)  Will  the  concentration  of  Ni2+(<?(/)  increase  or  de- 
crease as  the  cell  operates?  (c)  What  is  the  initial  concen- 

tration of  Ag  *(<?</)  in  the  Ag+-Ag  half-cell? 
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|20.97|  A  voltaic  cell  is  constructed  that  uses  the  following  half- 
cell  reactions 

Cu  (aq)  +  e   >  Cu(s) 

[2(s)  +  2e   ►  2  I  (aq) 

The  cell  is  operated  at  298  K  with  [Cu  j  =  2.5  M  and 
1 1  ]  3.5  M.  (a)  Determine  /  for  the  (.ell  at  these  con- 

centrations, (b)  Which  electrode  is  the  .mode  ol  the  cell? 

(c)  Is  the  answer  to  part  (b)  the  same  as  it  would  he  it  the 
cell  was  operated  under  standard  conditions?  (d)  It 
[Cu  |  was  equal  to  1.4  Al,  at  what  concentration  ol  I 

would  the  cell  have  zero  potential1 
20.98  Derive  an  equation  that  direc  tk  relates  the  standard  emi 

of  a  redox  reaction  to  its  equilibrium  constant. 
20.99  Using  data  from  Appendix  E,  calculate  the  equilibrium 

constant  tor  the  disproportionation  of  the  copper!  I)  ion 

at  room  temperature:  2Cu  ((/</)   ►  Cu   (aq)  -  Cu(s) 
20.100  Indicate  whether  each  ol  the  following  statements  is 

true  or  false 

(a)  A  perfectly  reasonable  number  tor  an  aqueous  / ,,  n 
is  9  V. 

(b)  II  you  double  the  con<  en  (rations  ol  reagents  in  a 
voltaic  cell,  you  w  ill  double  the  voltage  obtainable. 

(c)  The  stronger  the  o\idi/ing  agent,  the  larger  its 
reduction  potential. 

20.101  (a)  Write  the  reactions  lor  the  discharge  and  charge  ol  a 

nickel-cadmium  rechargeable  battery,  (b)  Given  the  fol- 
lowing reduction  potentials,  calculate  the  standard  emf 

of  the  cell: 

Cd(OH)2(s)  +  2e      — »  Cd(s)  *  2  OH  (aq) 

E°ed  =  -0.7b  V 

NiO(OHMs)  •  1U()(/)  •  e      — ►  Ni(OH)2(s)  I-  OH(aq) 

E°ed  =  +0.49  V 

(c)  A  typical  nicad  voltaic  cell  generates  an  eml  of 
+1.30  V.  Whv  is  there  a  difference  between  this  value 

and  the  one  you  calculated  in  part  (b)?  (d)  Calculate  the 
equilibrium  constant  for  the  overall  n\c<M.\  reaction 
based  on  this  typical  eml  value. 

20.102  It  you  were  going  to  apply  a  small  potential  to  a  steel 
ship  resting  in  the  water  as  a  means  of  inhibiting  corro- 

sion, would  you  apply  a  negative  or  a  positive  charge? 
Explain. 

20.10.1  Hie  following  quotation  is  taken  from  an  article  dealing 
with  corrosion  of  electronic  materials:  "Sulfur  dioxide, 
its  acidic  oxidation  products,  and  moisture  are  well  es- 

tablished as  the  principal  causes  ol  outdoor  corrosion  ot 

many  metals."  Using  \i  as  an  example,  explain  why  the 
factors  cited  affect  the  rate  of  corrosion.  Write  chemical 

equations  to  illustrate  vour  points.  [  Yefc:  \iO(->)  is  solu- 
ble m  acidic  solution.] 

20.104  Tw  o  wires  from  a  battery  are  tested  with  a  piece  ot  filter 
paper  moistened  with  XaCl  solution  containing  phe- 
nolphthalein,  an  acid-base  indicator  that  is  colorless  in 
acid  and  pink  in  base.  When  the  wires  touch  the  paper 
about  an  inch  apart,  the  rightmost  wire  produces  a  pink 

coloration  on  the  filter  paper  and  the  leftmost  product's 
none.  Which  wire  is  connected  to  the  positive  terminal 
of  the  battery?  1  xplain. 

[20.1051  (a)  I  low  mam  coulombs  are  required  to  plate  a  laver  ot 
chromium  metal  0.23  mm  thick  on  an  auto  bumper  with 
a  total  area  ol  0.12  nr  from  a  solution  containing 

CrO.}"  ?  The  densitv  ol  chromium  metal  is  7.20  g  cm  . 
(b)  What  current  flow  is  required  lor  this  electroplating 

it  the  bumper  is  to  be  plated  in  10.0  s1  (c)  It  the  external 
source  has  an  emf  of  +6.0  V  and  the  electrolytic  cell  is 
65%  efficient,  how  much  electrical  power  is  expended  to 
electroplate  the  bumper? 

20.106  (a)  What  is  the  maximum  amount  of  w  ork  th.U  a  h-\ 

lead-acid  batten  of  a  goll  cart  can  accomplish  it  it  is 
rated  at  300  A-hr?  (b)  List  some  ol  the  reasons  win  this 
amount  of  work  is  never  realized. 

|2().107|  Some  years  ago  a  unique  proposal  was  made  to  raise  the 
Titanic.  The  plan  involved  placing  pontoons  w  ithin  the 
ship  using  a  surface-controlled  submarine-type  vessel. 
The  pontoons  would  contain  cathodes  and  would  be 
filled  w  ith  hydrogen  gas  formed  by  the  electrolysis  ol 
water.  It  has  been  estimated  that  it  would  require  about 

7  ■  10  mol  ol  Hi  to  provide  the  buoyanc)  to  lilt  the 
ship  |/.  Chem.  Educ,  Vol.  50,  1973  ,  61].  (a)  I  low  many 
coulombs  of  electrical  charge  would  be  required? 
(b)  What  is  the  minimum  voltage  required  to  generate 
Hi  and  02  if  the  pressure  on  the  gases  at  the  depth  ol  the 
wreckage  (2  mi)  is  100  atm?  (c)  What  is  the  minimum 

electrical  energy  required  to  raise  the  liltiun  bv  electroly- 
sis? (d)  What  is  the  minimum  cost  ol  the  elec  trical  energy 

required  to  generate  the  necessary  H2  il  the  electricity 

costs  85  cents  per  kilowatt-hour  to  generate  at  the  site1 

Integrative  Exercises 

20.108  Copper  dissolves  in  concentrated  nitric  acid  with  the  evo- 
lution of  NO(y),  which  is  subsequently  oxidized  to 

N02(g)  in  air.  In  contrast,  copper  does  not  dissolve  in  con- 
centrated hydrochloric  acid.  Explain  these  observations 

by  using  standard  reduction  potentials  from  Table  20. 1 . 

20.109  The  Haber  process  is  the  principal  industrial  route  for 
converting  nitrogen  into  ammonia: 

N2(g)  +  3H2(g)   »  2NH3(g) 

(a)  What  is  being  oxidized,  and  what  is  being  reduced1 
(b)  Using  the  thermodynamic  data  in  Appendix  C,  cal- 

culate the  equilibrium  constant  for  the  process  at  room 

temperature,  (c)  Calculate  the  standard  eml  ol  the 
Haber  process  at  room  temperature. 

[20.1101  In  a  galvanic  cell  the  cathode  is  an  Ag  (LOOM)  Ag(s) 
half-cell.  Thi'  anode  is  a  standard  hydrogen  electrode 
immersed  in  a  butler  solution  containing  0. 10  Al  benzoic 

acid  (C6H5COOH)  and  0.050  Al  sodium  benzoate 
(C6H5COO  Na  ).  The  measured  cell  voltage  is  1.030  V. 
What  is  the  pK  ,  ot  benzoic  acid? 

20.111  Consider  the  general  oxidation  ol  a  spec  ies  A  in  solution: 

A   •  A    1  e  .    The   term    "oxidation    potential"  is 
sometimes  used  to  describe  the  ease  with  which  species 

A  is  oxidized— the  easier  a  species  is  to  oxidize,  the 
greater  its  oxidation  potential,  (a)  What  is  the  relationship 
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between  the  standard  oxidation  potential  of  A  and  the 
standard  reduction  potential  of  A  ?  (b)  Which  of  the  met- 

als listed  in  Table  4.5  has  the  highest  standard  oxidation 
potential?  Which  has  the  lowest?  (c)  For  a  series  of  sub- 

stances, the  trend  in  oxidation  potential  is  often  related  to 
the  trend  in  the  first  ionization  energy.  Explain  why  this 
relationship  makes  sense. 

120.1121  Gold  metal  dissolves  in  aqua  regia,  a  mixture  of  concen- 
trated hydrochloric  acid  and  concentrated  nitric  acid. 

The  standard  reduction  potentials 

Au3H  {aq)  +  3e~   ►  Au(s)  £°ed  =  +  1.498  V 

AuCl4  {aq)  +  3e"   ►  Au(s)  +  4  CI  {aq) 

E°ed  =  +  1 .002  V 

are  important  in  gold  chemistry,  (a)  Use  half-reactions  to 
write  a  balanced  equation  for  the  reaction  of  An  and  ni- 

tric acid  to  produce  Au  and  NO'^),  and  calculate  the 
standard  emf  of  this  reaction.  Is  this  reaction  sponta- 

neous? (b)  Use  half-reactions  to  write  a  balanced  equa- 
tion for  the  reaction  of  Au  and  hydrochloric  acid  to 

produce  AuCl4  (aq)  and  H2(x),  and  calculate  the  stan- 
dard emf  of  this  reaction.  Is  this  reaction  spontaneous? 

(c)  Use  half-reactions  to  write  a  balanced  equation  for 
the  reaction  of  Au  and  aqua  regia  to  produce  AuCl4  (tit]) 
and  NO(v'),  and  calculate  the  standard  emf  of  this  reac- 

tion. Is  this  reaction  spontaneous  under  standard  condi- 
tions? (d)  Use  the  Nernst  equation  to  explain  why  aqua 

regia  made  from  concentrated  hydrochloric  and  nitric 
acids  is  able  to  dissolve  gold. 

20.113  A  voltaic  cell  is  based  on  Ag  * (^/)/Ag(s)  and 
Fe^{iiq)/Pi}2r(tiq)  half-cells,  (a)  What  is  the  standard  emf 
of  the  cell1  (b)  Which  reaction  occurs  at  the  cathode,  and 

which  at  the  anode  of  the  cell?  (c)  Use  Sc  values  in  Ap- 
pendix C  and  the  relationship  between  cell  potential 

and  free-energy  change  to  predict  w  hether  the  standard 
cell  potential  increases  or  decreases  when  the  tempera- 

ture is  raised  above  25°C. 
20.114  Hydrogen  gas  has  the  potential  as  a  clean  fuel  in  reac- 

tion with  oxygen.  The  relevant  reaction  is 

2H2(g)  +  02(g)   ►  2H20(/) 
Consider  two  possible  ways  of  utilizing  this  reaction  as 
an  electrical  energy  source:  (i)  Hydrogen  and  oxygen 
gases  are  combusted  and  used  to  drive  a  generator, 
much  as  coal  is  currently  used  in  the  electric  power  in- 

dustry; (ii)  hydrogen  and  oxygen  gases  are  used  to  gen- 
erate electricity  directly  by  using  fuel  cells  that  operate 

at  (S5  C.  (a)  Use  data  in  Appendix  C  to  calculate  AH 
and  AS  for  the  above  reaction.  We  will  assume  that 

these  values  do  not  change  appreciably  with  tempera- 
ture, (b)  Based  on  the  values  from  part  (a),  what  trend 

would  you  expect  for  the  magnitude  of  AG  for  the 
above  reaction  as  the  temperature  increases?  (c)  What  is 
the  significance  ot  the  change  in  the  magnitude  of  AG 
with  temperature  with  respect  to  the  utility  of  hydrogen 

■is  a  fuel  (recall  f-quation  19.19)?  (d)  Based  on  the  analy- 
sis hen-,  would  it  be  more  efficient  to  use  the  combus- 

tion method  or  the  fuel-cell  method  to  generate  electri- 

cal energy  from  hydrogen7 
20.115  Cytochrome,  a  complicated  molecule  that  we  will  repre- 

sent as  CyFe-',  reacts  with  the  air  we  breathe  to  supply 
energy  required  to  synthesize  adenosine  triphosphate 

(ATP).  The  body  uses  Al  l'  as  an  energy  source  to  drive 
other  reactions.  (Section  19.7)  At  pH  7.0  the  following  re- 

duction potentials  pertain  to  this  oxidation  of  CyFe2': 

02(g)  +  4  H+{aq)  +  4  e   *  2  H20(/) 
£°.d  =  +0.82  V 

CyFe1  'Uiq)  +  e   *  CyFe2' (my) 
E°d  =  +0.22  V 

(a)  What  is  AG  for  the  oxidation  of  CyFe2*  by  air?  (b)  If 
the  synthesis  of  1.00  mol  of  ATP  from  adenosine  diphos- 

phate (ADP)  requires  a  AG  of  37.7  kj,  how  many  moles 
of  ATP  are  synthesized  per  mole  of  02? 

120.1161  The  standard  potential  for  the  reduction  of  AgSCN(s)  is 
+0.0895  V. 

AgSCN(s)  +  e   »  Ag(s)  +  SCN~(aq) 

Using  this  value  and  the  electrode  potential  for  Ag~(aq), 
calculate  the  Ksp  for  AgSCN. 

[20.1171  The  Ksp  value  for  PbS(s)  is  8.0  X  10-28.  By  using  this value  together  with  an  electrode  potential  from 

Appendix  E,  determine  the  value  of  the  standard  reduc- 
tion potential  for  the  reaction 

PbS(s)  +  2  e   »  Pb(s)  +  S2~(aq) 

|2ll.  |]s|  A  pH  meter  (Figure  16.6)  employs  a  voltaic  cell  for  which 
the  cell  potential  is  very  sensitive  to  pH.  A  simple  (but 
impractical)  pH  meter  can  be  constructed  by  using  two 
hydrogen  electrodes:  one  standard  hydrogen  electrode 
(Figure  20.10)  and  a  hydrogen  electrode  (with  1  arm 
pressure  of  H2  gas)  dipped  into  the  solution  of  unknown 
pH.  The  two  half-cells  are  connected  by  a  salt  bridge  or 
porous  glass  disk,  (a)  Sketch  the  cell  described  above. 
(b)  Write  the  half-cell  reactions  for  the  cell,  and  calculate 
the  standard  emf.  (c)  What  is  the  pH  of  the  solution  in 
the  half-cell  that  has  the  standard  hydrogen  electrode? 

(d)  What  is  the  cell  emf  when  the  pH  of  the  unknown  so- 
lution is  5.0?  (e)  How  precise  would  a  voltmeter  have  to 

be  in  order  to  detect  a  change  in  the  pH  of  0.01  pH  units? 
120.119]  A  student  designs  an  ammeter  (a  device  that  measures 

electrical  current)  that  is  based  on  the  electrolysis  of 
water  into  hydrogen  and  oxygen  gases.  When  electrical 

current  of  unknown  magnitude  is  run  through  the  de- 
vice for  2.00  min,  12.3  mL  of  water-saturated  H2(^)  is 

collected.  The  temperature  of  the  system  is  25.5°C,  and 
the  atmospheric  pressure  is  768  torr.  What  is  the  magni- 

tude of  the  current  in  amperes? 
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e  M  E  D  I  A  EXERCISES 

These  exercises  make  use  ol  the  interacti\  e  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Accel- 

erator CD.  Access  to  these  resources  t  omes  in  vour  MediaPak. 

20.120  The  oxidation  of  zinc  by  molecular  oxygen  is  show  n  in 
the  Oxidation-Reduction  Reactions — Part  I  animation 
{2H.1).  (a)  Write  the  equation  for  the  reaction  between 
zinc  and  oxygen,  (b)  Assign  oxidation  states  to  each  ele- 

ment on  each  side  ol  the  equation,  (c)  Is  it  possible  for 
oxidation  to  occur  without  oxygen?  Explain. 

20.121  In  Exercise  20.15  you  chose  from  a  list  ol  half-reactions 
to  construct  voltaic  cells  ol  specified,  relative  eml  val- 

ues. I  he  reaction  shown  in  the  formation  of  Silver 

Crystals  movie  (2".  1)  <  an  be  represented  w  ith  two  of  the 
half-reactions  listed  in  Exerc  ise  20.35.  (a)  Write  and  bal- 

ance the  equation  for  the  reaction  in  the  movie, 
(b)  Which  species  is  the  oxidizing  agent  and  which  is 
the  reducing  agent  in  this  rea<  tion? 

20.122  The  Oxidation-Reduction  Reactions — Part  II  anima- 
tion (20.1)  illustrates  the  reac  tion  that  occurs  w  hen  zinc 

metal  is  placed  in  an  aqueous  solution  containing  Cu 
ions  The  animation  Voltaic  Cells  I:  The  Copper-Zinc 

Cell  (20. 5)  uses  the  same  reaction  for  the  construction  of 

a  voltaic  cell,  (a)  Explain  why  the  reaction  .is  depicted  in 
the  Oxidation-Reduction  Reactions — Part  II  animation 

cannot  be  used  to  generate  a  voltage,  (b)  Sketch  a  volta- 
ic cell  based  on  the  Zn-Cu  reaction.  I  abel  and  give  the 

purpose  ot  each  component  of  the  cell. 
20. 121  In  the  Redox  Chemistry  of  Iron  and  Copper  movie 

(20.3)  an  iron  nail  is  placed  in  an  aqueous  solution  of 

copper  sulfate,  (a)  Write  the  hall-reaction  for  the  forma- 
tion of  the  copper  coating  on  the  nail,  (b)  Is  there  anoth- 

er half-reaction  oc<  urring  in  the  solution 1  II  so,  what  is 
it?  (c)  What  is  the  sign  of  AC  for  the  o\  erall  process  that 

dec  Ill's1 

20.124  Chromium  metal  can  be  electroplated  onto  a  copper  elec- 
trode from  an  aqueous  solution  ol  1 CCnO-,  as  shown  in 

the  Electroplating  movie  [20. c>).  (a)  Write  the  hall-reac- 
tion for  the  reduction  of  dichromate  ion  to  chromium 

metal,  (b)  What  current  would  have  to  be  applied  for  15 
minutes  in  order  to  plate  out  0.75  gram  ot  chromium 
metal  from  a  solution  ol  I  CCnO;? 

eLABORATORY  EXERCISES 

These  exercises  allow  students  to  apply  the  concepts  and  skills 
for  this  chapter  in  the  simulated  laboratory  of  Virtual  Cheml.ab. 
Worksheets  for  each  of  these  exercises  are  found  in  the  Virtual 

ChemLab  Workbook  in  your  MediaPak. 
20.125  (VCL  20-1)  Study  of  Oxidation-Reduction  Titrations 

Titrations  provide  a  method  of  quantitatively  measuring 
the  concentration  of  an  unknow  n  solution.  I  his  is  done 

by  delivering  a  titrant  of  known  concentration  into  an 

analyte  ot  know  n  volume.  ( I  he  concentration  ot  an  un- 
known titrant  can  also  be  determined  by  titration  with 

an  analyte  of  know  n  concentration  and  volume.)  In  oxi- 
dation-reduction (redox)  titrations,  the  voltage  resulting 

from  the  mixture  ol  an  oxidant  and  a  reductant  can  be 

measured  as  the  titration  proceeds.  I  he  equivalence 
point  of  the  titration,  or  the  point  where  the  analyte  has 

been  c  ompletel  v  consumed  by  the  titrant,  is  identified  as 
the  point  w  here  the  voltage  c  hanges  rapidlv  over  a  small 
volume  ol  titrant  delivered.  In  this  assignment  you  will 
observe  this  titration  curve  bv  titrating  ferrous  chloride 
(l  eCh)  with  potassium  permanganate  (KMn0.j). 

2l).l2d  (VCL  20-2)  Standardization  of  a  Permanganate  Solution 
In  this  assignment  you  will  determine  the  molarity  of  an 
unknown  solution  ol  potassium  permanganate  (kMnO() 

by  titrating  against  a  primary  standard,  solid  arsenic  di- oxide (As203). 

20.127  (VCL  20-3)  Analysis  of  a  Ferrous  Chloride  Sample 
In  this  assignment  you  will  determine  the  mass  pen  ent 
ot  an  unknown  sample  ol  ferrous  chloride  (leCh)  by 
titrating  with  a  potassium  permanganate  (KMnOj)  so- 

lution ol  know  n  concentration. 
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WHAT'S  AHEAD 

•  In  this  chapter  w  e'll  learn  how  to describe  nuclear  reactions  bv 

equations  analogous  to  chemical 
equations,  in  which  the  nuclear 
charges  and  masses  of  reactants  and 
products  are  in  balance.  (Section  21.1) 

•  We'll  find  that  radioactive  nuclei 
decay  most  commonly  bv  emission 
of  alpha,  beta,  or  gamma  radiation*. - 

•  Nuclear  stability  is  determined  to  a 

large  extent  by  the  neutron-to-proton 
ratio.  For  stable  nuclei,  this  ratio 

increases  w  ith  increasing  atomic 
number.  (Section  21.2) 

•  All  nuclei  with  84  or  more  protons 
are  radioactive.  Heavy  nuclei  gain 
stability  bv  a  series  of  nuclear 
disintegrations  leading  to  stable 
nuclei.  (Section  21.2) 

•  \uclear  transmutations  are  nuclear 
reactions  that  are  induced  bv 
bombardment  of  a  nucleus  bv  a 

neutron  or  an  accelerated  charged 
particle,  such  as  an  alpha  particle. 
(Section  21.3) 

•  We  w  ill  learn  that  radioisotope 
decays  are  first-order  kinetic 

processes  that  exhibit 
characteristic  half-lives.  The 
decays  of  radioisotopes  can  be 
used  to  determine  the  ages  of 
ancient  artifacts  and  geological 
formations.  (Section  21.4) 

•  The  radiation  emitted  bv  a 
radioactive  substance  is  detected 

w  ith  Geiger  counters  and 
scintillation  counters.  (Section  21.5) 

•  Energy  changes  in  nuclear  reactions 
are  related  to  mass  changes  via 

Einstein's  famous  equation,  E  =  mcr. 
The  binding  energies  of  nuclei  are 
reflected  in  the  difference  betw  een 
the  nuclear  mass  and  the  sum  of  the 

masses  of  the  nucleons  of  w  hich  they 

are  composed.  (Section  21.6) 

In  a  nuclear  fission  reaction  a  heavy 
nucleus  splits  under  nuclear 
bombardment  to  form  tw  o  or  more 

product  nuclei,  with  release  of 
energy.  This  type  of  nuclear  reaction 
is  the  energy  source  for  nuclear 

power  plants.  (Section  21.7) 
Xuclear  fusion  results  from  the  fusion 

of  two  light  nuclei  to  form  a  more 
stable,  heavier  one.  (Section  21.8) 

The  radiation  emitted  in  nuclear 

reactions  has  the  potential  to  cause 
cell  damage  in  animals  that  can,  in 
turn,  lead  to  cancer  and  other 
illnesses.  (Section  21.9) 

mm 



Nuclear  Chemistry 

THIS  PATIENT  IS  UNDERGOING  COBALT-60  radiation  treatment  for  cancer  of  the  spine. 
The  cobalt-60  source  emits  high-energy  gamma  rays,  which  can  be  directed  to  the  site  of  the  cancer. 

BOMBARDMENT  WITH  IONIZING  RADIATION  IS  ONE  OF  THE  MOST  EF- 

FECTIVE WAYS  TO  TREAT  SOME  FORMS  OF  CANCER.  The  chapter- 

opening  photograph  show  s  a  patient  about  to  be 

irradiated  with  an  intense  beam  of  gamma  rays 

emanating  from  a  sample  of  cobalt-60.  The  idea 
is  to  focus  the  beam  so  that  it  impinges  on  the  cancerous  tissue  and  de- 

stroys it  while  minimizing  the  damage  to  healthy  cells.  The  emana- 
tion of  gamma  rays  from  cobalt-60  is  an  example  of  a  unclear 

reaction,  in  w  hich  a  change  in  matter  originates  in  the  nucleus  of 

an  atom.  When  nuclei  change  spontaneously,  emitting  radia- 
tion, they  are  said  to  be  radioactive. 
Nuclear  cliciiu^tri/  is  the  studv  of  nuclear  reactions,  with 

an  emphasis  on  their  uses  in  chemistry  and  their  effects  on 

biological  systems.  Nuclear  chemistry  affects  our  liv  es  in 

many  ways,  particularly  in  medical  applications.  In  ad- 
dition to  the  therapeutic  use  of  ionizing  radiation  as 

described  above,  radioactive  elements  can  also  be 

used  as  diagnostic  tools,  lor  example,  in  the  w  idely 
used  thallium  stress  test,  a  compound  containing 
thallium-201,  a  radioactive  nuclide  that  emits 

gamma  rays,  is  injected  intravenously  into  the 
patient  and  concentrates  in  the  heart  muscle 
(Figure  21 . 1  ► )    A    scanner    detects  the 
gamma  emissions  from  the  thallium  and 
reveals  the  condition  of  the  heart  and 

surrounding  arteries.  Radioactivity  is 

also  used  to  help  determine  the  mech- 
anisms of  chemical   reactions,  to 

tract-  the  movement  of  atoms  in  bi- 

ological systems,  and  to  date  im- 

portant historical  artifacts. 
Nuclear     reactions  are 

used  to  generate  electricity. 
Although  there  has  been 

no  recent  growth  of  com- 
mercial nuclear  power 

Mill 
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▲  Figure  21.1    Radioisotope  scanning.  A 
gamma  ray  detector  scan  of  a  normal  human 
heart,  obtained  following  intravenous  injection  of 
the  radioisotope  thallium-201,  a  gamma  emitter. 
The  donut-shaped  pink  and  red  area  represents 
uptake  of  the  radioisotope  by  healthy  heart 
muscles. 

in  the  United  States,  it  still  accounts  for  about  20"..  of  the  total  electricity  gener- 
ated. The  use  of  nuclear  energy  for  power  generation  and  the  disposal  of  nu- 
clear wastes  are  controversial  social  and  political  issues.  Because  these  topics 

evoke  such  a  strong  emotional  reaction,  it  is  often  difficult  to  sift  fact  from  opin- 
ion to  make  rational  decisions.  It  is  imperative,  therefore,  that  as  a  citizen  with 

a  stake  in  these  matters,  you  have  some  understanding  of  nuclear  reactions  and 
the  uses  of  radioactive  substances. 

21.1  |  Radioactivity  

In  order  to  understand  nuclear  reactions,  we  must  review  and  develop  some  ideas 
introduced  in  Section  2.3.  First,  recall  that  two  types  of  subatomic  particle  reside  in 
the  nucleus,  the  proton  and  the  neutron .  We  will  refer  to  these  particles  as  nucleons. 
Recall  also  that  all  atoms  of  a  given  element  have  the  same  number  of  protons;  this 

number  is  the  element's  atomic  number.  The  atoms  of  a  given  element  can  have  dif- 
ferent numbers  of  neutrons,  howev  er,  so  they  can  have  different  mass  numbers;  the 

mass  number  is  the  total  number  of  nucleons  in  the  nucleus.  Atoms  with  the  same 

atomic  number  but  different  mass  numbers  are  known  as  isotopes. 

The  different  isotopes  of  an  element  are  distinguished  by  their  mass 
numbers.  For  example,  the  three  naturally  occurring  isotopes  of  uranium  are 
uranium-234,  uranium-235,  and  uranium-238,  where  the  numerical  suffixes 
represent  the  mass  numbers.  These  isotopes  are  also  labeled,  using  chemical 

symbols,  as  92U,  "^U,  and  92U.  The  superscript  is  the  mass  number;  the  sub- 
script is  the  atomic  number. 

Different  isotopes  have  different  natural  abundances.  For  example,  99.3% 

of  naturally  occurring  uranium  is  uranium-238,  0.7%  is  uranium-235,  and  only 
a  trace  is  uranium-234.  Different  nuclei  also  have  different  stabilities.  Indeed, 

the  nuclear  properties  of  an  atom  depend  on  the  number  of  protons  and  neu- 
trons in  its  nucleus.  A  nuclide  is  a  nucleus  with  a  specified  number  of  protons 

and  neutrons.  Nuclei  that  are  radioactive  are  called  radionuclides,  and  atoms 

containing  these  nuclei  are  called  radioisotopes. 

Nuclear  Equations 

The  vast  majority  of  nuclei  found  in  nature  are  stable  and  remain  intact  indefi- 
nitely.  Radionuclides,  however,  are  unstable  and  spontaneously  emit  particles 
and  electromagnetic  radiation.  Emission  of  radiation  is  one  of  the  ways  in  which 
an  unstable  nucleus  is  transformed  into  a  more  stable  one  with  less  energy.  The 

emitted  radiation  is  the  carrier  of  the  excess  energy.  Uranium-238,  for  example,  is 

radioactive,  undergoing  a  nuclear  reaction  in  which  helium-4  nuclei  are  sponta- 
neously emitted.  The  helium-4  particles  are  known  as  alpha  (a)  particles,  and  a 

stream  of  these  particles  is  called  alpha  radiation.  When  a  uranium-238  nucleus 
loses  an  alpha  particle,  the  remaining  fragment  has  an  atomic  number  of  90  and  a 

mass  number  of  234.  It  is  therefore  a  thorium-234  nucleus.  We  represent  this  reac- 
tion by  the  following  nuclear  equation: 

2^U   >  :^Th  +  iHe  [21.1] 

When  a  nucleus  spontaneously  decomposes  in  this  way,  it  is  said  to  have  de- 
cayed, or  to  have  undergone  radioactive  decay.  Because  an  alpha  particle  is  in- 
volved in  this  reaction,  scientists  also  describe  the  process  as  alpha  decay. 

0    GIVE  IT  SOME  THOUGHT 

What  change  in  the  mass  number  of  a  nucleus  occurs  when  the  nucleus  emits  an 

alpha  particle? 
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In  Equation  21.1  the  sum  of  the  mass  numbers  is  the  same  on  both  sides  of 

the  equation  (238  =  234  +  4).  Likewise,  the  sum  or  the  atomic  numbers  on 
both  sides  of  the  equation  is  equal  (92  =  LH)  +  2).  Mass  numbers  and  atomic 
numbers  must  be  balanced  in  all  nuclear  equations. 

The  radioactive  properties  of  the  nucleus  are  essentially  independent  of  the 

state  of  chemical  combination  of  the  atom.  In  writing  nuclear  equations,  there- 
fore, we  are  not  concerned  w  ith  the  chemical  form  of  the  atom  in  which  the  nu- 
cleus resides.  It  makes  no  difference  whether  we  are  dealing  w  ith  the  atom  in 

the  form  of  an  clement  or  of  one  ol  its  compounds. 

WM  SAMPLE  EXERCISE  21.1  |  Predicting  the  Product  of  a  Nuclear  Reaction 

What  product  is  termed  when  radium-226  undergoes  alpha  decay? 
Solution 

Analyze:  We  are  asked  to  determine  the  nucleus  tli.u  results  when  radium-226  loses  an  alpha  particle. 
Plan:  We  i  an  best  do  this  by  writing  a  balanced  nuclear  reaction  lor  the  process. 

Solve:  The  periodic  table  or  a  list  of 
elements  shows  that  radium  has  an 

atomic  number  ol  s<s.  I  he  complete 
chemical  symbol  tor  radium-226 
is  therefore  2SsRa.  An  alpha  parti- 

cle is  a  helium-4  nucleus,  and  so  its 
symbol  is  iHe  (sometimes  written  as 
2«).  The  alpha  particle  is  a  product 
of  the  nuclear  reaction,  and  so  the 

equation  is  of  the  form  ggRa   *  /X  +  jHe 

where  A  is  the  mass  number  of  the 

product  nucleus  and  /  is  its  atomic 
number.  Mass  numbers  and  atomic 
numbers  must  balance,  so  22h  =  A  +  4 

and  88  =7+2 

Hence,  A  =  222  and  Z  =  86 

Again,  from  the  periodic  table,  the 
element  with  Z  =  86  is  radon  (Rn). 

I  he  product,  therefore,  is  ~£("R'i'  and 
the  nuclear  equation  is  88^a   *  86^°  +  2^e 

WM  PRACTICE  EXERCISE 

Which  element  undergoes  alpha  decay  to  form  lead-208? 
Ansivcr:  "i^Po 

Types  of  Radioactive  Decay 

The  three  most  common  kinds  of  radioactive  decay  are  alpha  (a),  beta  (f3),  and 
gamma  (y)  radiation.  Table  21.1  ►  summarizes  some  of  the 
important  properties  of  these  kinds  of  radiation.  As  we  have  just  discussed, 

alpha  radiation  consists  of  a  stream  of  helium-4  nuclei  known  as  alpha  parti- 
cles, which  we  denote  as  |He  or  Mr- 

Beta  radiation  consists  of  streams  of  beta  (fi)  particles,  which  are  high-speed 
electrons  emitted  by  an  unstable  nucleus.  Beta  particles  are  represented  in  nuclear 

equations  by  the  symbol  \e  or  sometimes  [\/3.  The  superscript  zero  indicates  that 
the  mass  of  the  electron  is  exceedingly  small  compared  to  the  mass  of  a  nucleon. 

The  subscript  -1  represents  the  negative  charge  of  the  particle,  w  hu  h  is  opposite 
that  of  the  proton.  Iodine-131  is  an  isotope  that  undergoes  decae  b\  beta  emission: 
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ANIMATION 
Separation  of  Alpha,  Beta,  and  Gamma  Rays 

TABLE  21.2   Common  Particles 
in  Radioactive  Decay  and  Nuclear 
Transformations 

Particle 
Symbol 

Neutron 

Jn 

Proton |Hor  |p 

Electron 0 

i (' 

Alpha  particle 

Beta  particle ?eor  ?/3 

Positron 

TABLE  21.1    Properties  of  Alpha,  Beta,  and  Gamma  Radiation 

Property Type  of  Radiation 
a P r 

Charge 

2  + 

1 0 
Mass 

6.64  /  10  24  g 
9.11  /  10  2Kg 

0 
Relative  penetrating 1 

100 
10,000 

power 

Nature  of  radiation ?He  nuclei Electrons High-energy  photons 

In  Equation  21 .2  beta  decay  causes  the  atomic  number  to  increase  from  53  to  54. 

Beta  emission  is  equivalent  to  the  conversion  of  a  neutron  (,',n)  to  a  proton 
dp  or  JH),  thereby  increasing  the  atomic  number  by  1: 

h   >  lp  +  -?e  [21.3] 

Just  because  an  electron  is  ejected  from  the  nucleus,  however,  we  should  not 

think  that  the  nucleus  is  composed  of  these  particles,  any  more  than  we  consid- 
er a  match  to  be  composed  of  sparks  simply  because  it  gives  them  off  when 

struck.  The  electron  comes  into  being  only  when  the  nucleus  undergoes  a  nu- 
clear reaction. 

Gamma  radiation  (or  gamma  rays)  consists  of  high-energy  photons  (that 
is,  electromagnetic  radiation  of  very  short  wavelength).  Gamma  radiation 
changes  neither  the  atomic  number  nor  the  mass  number  of  a  nucleus  and  is 

represented  as  [jy,  or  merely  y.  It  almost  always  accompanies  other  radioactive 

emission  because  it  represents  the  energy  lost  when  the  remaining  nucleons  re- 
organize into  more  stable  arrangements.  Generally,  the  gamma  rays  are  not 

shown  when  writing  nuclear  equations. 

Two  other  types  of  radioactive  decay  are  positron  emission  and  electron 
capture.  A  positron  is  a  particle  that  has  the  same  mass  as  an  electron,  but  an 

opposite  charge.*  The  positron  is  represented  as  \e.  The  isotope  carbon-11  de- 
cays by  positron  emission: 

uhC   >n5B  +  ?e  [21.4] 

Positron  emission  causes  the  atomic  number  to  decrease  from  6  to  5.  The  emis- 

sion of  a  positron  has  the  effect  of  converting  a  proton  to  a  neutron,  thereby  de- 
creasing the  atomic  number  of  the  nucleus  by  1: 

lp   >  ]0n  +  ?e  [21.5] 

Electron  capture  is  the  capture  by  the  nucleus  of  an  electron  from  the  elec- 
tron cloud  surrounding  the  nucleus.  Rubidium-81  undergoes  decay  in  this 

fashion,  as  shown  in  Equation  21.6: 

j$Rb  +  _?e  (orbital  electron)   >  f6Ki  [21.6] 

Because  the  electron  is  consumed  rather  than  formed  in  the  process,  it  is  shown 
on  the  reactant  side  of  the  equation.  Electron  capture,  like  positron  emission, 
has  the  effect  of  converting  a  proton  to  a  neutron: 

lp  +  -?e   >  §n  [21.7] 

Table  21.2  A  summarizes  the  symbols  used  to  represent  the  various  elementary 

particles  commonly  encountered  in  nuclear  reactions. 

1  I  he  positron  has  a  very  short  life  because  it  is  annihilated  when  it  collides  with  an  electron,  pro- 
ducing gamma  rays:  je  +   "e   ►  2  \\y. 
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Q    GIVE  IT  SOME  THOUGHT 

Which  of  the  particles  listed  in  Table  2 1 .2  result  in  no  change  in  nuclear  charge  when 
emitted  in  nuclear  decay? 

■i  SAMPLE  EXERCISE  21.2  |  Writing  Nuclear  Equations 

Write-  nuclear  equations  for  the  following  processes:  (a)  mercury-201  undergoes  electron  capture;  (b)  thorium-231  decays  to  form 
protactinium-23 1 . 
Solution 

Analyze:  We  must  write  balanced  nuclear  equations  in  which  the  masses  and  charges  of  reactnnts  and  products  are  equal. 
Plan:  We  can  begin  by  writing  the  complete  chemical  symbols  for  the  nuclei  and  decay  particles  that  are  given  in  the  problem. 

Solve:  (a)  The  information  given  in 

the  question  can  be  summarized  as  soHg  +    ?e   *  /X 

The  mass  numbers  must  have  the 
same  sum  on  both  sides  of  the 

equation:  201  +  0  =  A 

Thus,  the  prod  in.  t  nui  lei  is  must  have 
a  mass  number  of  201.  Similarly,  bal- 

ancing the  atomic  numbers  gives  80-1  —  Z 

Thus,  the  atomic  number  of  the 
product  nucleus  must  be  79,  w  hich 

identifies  it  as  gold  (Au):  2«)Hg  +   ye  >■  2%Au 

(b)  In  this  case  we  must  determine 
what  type  of  particle  is  emitted  in 

the  course  of  the  radioactive  decay:  29()Th   *  2y]Pa  I  /X 

From  231  =  231  +  A  and  90 
91  +  Z,  we  deduce  A  =  0  and 
Z  =  -1.  According  to  Table  21.2,  the 
particle  with  these  characteristics  is 
the  beta  particle  (electron).  We  there- 
fore write  9rjTh   *  9i Pa  +  .ye 

Hi  PRACTICE  EXERCISE 

Write  a  balanced  nuclear  equation  for  the  reaction  in  which  oxygen-1  5  undergoes  positron  emission. 
Answer:  'gO   »  '7N  +  l/e 

21.2  I  Patterns  of  Nuclear  Stability  

The  stability  of  a  particular  nucleus  depends  on  a  variety  of  factors,  and  no  sin- 
gle rule  allows  us  to  predict  whether  a  particular  nucleus  is  radioactive  and 

how  it  might  decay.  There  are,  however,  several  empirical  observations  that 
will  help  you  predict  the  stability  of  a  nucleus. 

Neutron-to-Proton  Ratio 

Because  like  charges  repel  each  other,  it  may  seem  surprising  that  a  large  number 
of  protons  can  reside  within  the  small  volume  of  the  nucleus.  At  close  distances, 
however,  a  strong  force  of  attraction,  called  the  strong  nuclear  force,  exists  betw  een 

nucleons.  Neutrons  are  intimately  involved  in  this  attractive  torn'.  All  nuclei 
other  than  JH  contain  neutrons.  As  the  number  of  protons  in  the  inn  leus  increas- 

es, there  is  an  ever  greater  need  for  neutrons  to  counteract  the  effect  of  proton- 
proton  repulsions.  Stable  nuclei  with  low  atomic  numbers  (up  to  about  20)  have 
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(1.5:1  ratio)2$Hg 

Belt  of 
stability 

(1.4:1  ratioVS  Sn 

(1.25:1  ratio)1;,!  Zr 

:l  neutron-to- 
proton  ratio 

20       30       40  50 

Number  of  protons 

▲  Figure  21.2  The  belt  of  stability. 
The  number  of  neutrons  is  graphed  versus  the 
number  of  protons  for  stable  nuclei.  As  the 
atomic  number  increases,  the  neutron-to-proton 
ratio  of  the  stable  nuclei  increases.  The  stable 
nuclei  are  located  in  the  shaded  area  of  the  graph 
known  as  the  belt  of  stability.  The  majority  of 
radioactive  nuclei  occur  outside  this  belt. 

60  70 

approximately  equal  numbers  of  neutrons  and  protons.  For  nu- 
clei with  higher  atomic  numbers,  the  number  of  neutrons  ex- 

ceeds the  number  of  protons.  Indeed,  the  number  of  neutrons 

necessary  to  create  a  stable  nucleus  increases  more  rapidly  than 
the  number  of  protons,  as  shown  in  Figure  21.2  4.  Thus,  the 

neutron-to-proton  ratios  of  stable  nuclei  increase  with  increas- 
ing atomic  number. 
The  colored  band  in  Figure  21 .2  is  the  area  within  which  all 

stable  nuclei  are  found  and  is  known  as  the  belt  of  Stability.  The 
belt  of  stability  ends  at  element  83  (bismuth).  All  nuclei  with  84  or 

more  protons  (atomic  number  >  84)  are  radioactive.  For  example, 
all  isotopes  of  uranium,  atomic  number  92,  are  radioactive. 

0 GIVE  IT  SOME  THOUGHT 

What  is  the  optimal  number  of  neutrons  predicted  for  a  nucleus 
containing  60  protons? 

The  type  of  radioactive  decay  that  a  particular  radionu- 
clide undergoes  depends  to  a  large  extent  on  how  its  neutron- 

to-proton  ratio  compares  to  those  of  nearby  nuclei  within  the 
belt  of  stability.  We  can  envision  three  general  situations: 

80 

1.  Nuclei  above  the  belt  of  stability  (high  neutron-to-proton  ra- 
tios). These  neutron-rich  nuclei  can  lower  their  ratio  and  move 

toward  the  belt  of  stability  by  emitting  a  beta  particle.  Beta 
emission  decreases  the  number  of  neutrons  and  increases  the 

number  of  protons  in  a  nucleus,  as  shown  in  Equation  21.3. 

2.  Nuclei  below  the  belt  of  stability  (low  neutron-to-proton  ra- 
tios). These  proton-rich  nuclei  can  increase  their  ratio  by  ei- 
ther positron  emission  or  electron  capture.  Both  kinds  of 

decay  increase  the  number  of  neutrons  and  decrease  the  number  of  protons,  as 

shown  in  Equations  21.5  and  21.7.  Positron  emission  is  more  common  than  elec- 

tron capture  among  the  lighter  nuclei;  however,  electron  capture  becomes  in- 
creasingly common  as  nuclear  charge  increases. 

3.  Nuclei  with  atomic  numbers  >  84.  These  heavy  nuclei,  which  lie  beyond  the 

upper  right  edge  of  the  band  of  stability,  tend  to  undergo  alpha  emission.  Emis- 
sion of  an  alpha  particle  decreases  both  the  number  of  neutrons  and  the  number  of 

protons  by  2,  moving  the  nucleus  diagonally  toward  the  belt  of  stability. 
These  three  situations  are  summarized  in  Figure  21.3  ▼. 

►  Figure  21.3   Proton  and  neutron 
changes  in  nuclear  processes.  The  graph 
shows  the  results  of  alpha  emission  (jHe),  beta 

emission  (_°e),  positron  emission  (?e),  and 
electron  capture  on  the  number  of  protons  and 
neutrons  in  a  nucleus.  Moving  from  left  to  right  or 
from  bottom  to  top,  each  square  represents  an 
additional  proton  or  neutron,  respectively. 
Moving  in  the  reverse  direction  indicates  the  loss 
of  a  proton  or  neutron. 

Number  of  protons 
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M  SAMPLE  EXERCISE  21.3  |  Predicting  Modes  of  Nuclear  Decay 

Predict  the  mode  of  decay  of  (a)  carbon- 14,  (b)  xenon- 1 1 S. 
Solution 

Analyze:  We  are  asked  to  predict  the  modes  of  decay  ot  two  nuclei. 
Plan:  To  do  this,  we  must  calculate  the  neutron-to-proton  ratios  and  compare  the 
values  with  those  for  nuclei  that  lie  within  the  belt  of  stability  shown  in  Figure  21.2. 
Solve:  (a)  Carbon  has  ,m  atomic  number  ol  6.  Thus,  carbon- 14  has  6  protons  and 

14  —  6  =  8  neutrons,  giving  it  a  neutron-to-proton  ratio  tit  *  1.3.  Elements  with low  atomic  numbers  normally  have  stable  nuclei  with  approximately  equal  numbers 
of  neutrons  and  protons.  Ihus,  carbon- 1 4  has  a  high  neutron-to-proton  ratio,  and  we 
expect  that  it  will  decay  by  emitting  a  beta  particle: 

C 

'/e  + 

This  is  indeed  the  mode  ol  decay  observed  tor  ̂   arbon- 14 
(b)  Xenon  has  an  atomic  number  of  34.  I  hus,  xenon- 1  IK  h 

1  IK  -  54  =  64  neutrons,  giving  it  a  neutron-to-proton  ratio  ot  ̂ 4  = 
Figure  21 .2,  stable  nuclei  in  this  region  of  the  belt  of  stability  have 
proton  ratios  than  xenon-118.  The  nucleus  can  increase  this  ratio 
emission  or  electron  capture: 

is  54  protons  and --  1 .2.  According  to 

higher  neutron-to- 
by either  positron <>,. 

1 

1  I 

In  this  case  both  modes  of  decay  are  observed. 

Comment:  Keep  in  mind  that  our  guidelines  don't  always  w 
thorium-233,  (jrjTh,  which  we  might  expect  to  undergo  alpha  dec  ay, 
beta  decay.  Furthermore,  a  few  radioac  five  nuclei  actually  lie  within 
Both  ViiNdand  V,nNd,  for  example,  are  stable  and  lie  in  the  belt  i >l  st 
ever,  which  lies  between  them,  is  radioactive. 

Wm  PRACTICE  EXERCISE 

Predict  the  mode  of  decay  ot  (a)  plutonium-239,  (b)  indium-120. 
Answers:  (a)  a  decay,  (b)  \i  decay 

Radioactive  Series 

Some  nuclei,  like  uranium-238,  cannot  gain  stability  by  a  single 
emission.  Consequently,  a  series  of  successive  emissions  occurs. 

As  shown  in  Figure  21.4  ►,  uranium-238  decays  to  thorium-234, 
which  is  radioactive  and  decays  to  protactinium-234.  This  nucleus 
is  also  unstable  and  subsequently  decays.  Such  successive  reac- 

tions continue  until  a  stable  nucleus,  lead-206,  is  formed.  A  series 
of  nuclear  reactions  that  begins  with  an  unstable  nucleus  and 
terminates  with  a  stable  one  is  known  as  a  radioactive  series,  or  a 

nuclear  disintegration  series.  Three  such  series  occur  in  nature.  In 

addition  to  the  series  that  begins  with  uranium-238  and 
terminates  with  lead-206,  there  is  one  that  begins  with  uranium- 
235  and  ends  with  lead-207,  and  one  that  begins  with  thorium-232 
and  ends  with  lead-208. 

Further  Observations 

Two  further  observations  can  help  you  predict  nuclear  stability: 

•  Nuclei  with  2,  8,  20,  28,  50,  or  82  protons  or  2,  S,  20,  28,  50, 
82,  or  126  neutrons  are  generally  more  stable  than  nuclei 
that  do  not  contain  these  numbers  of  nucleons.  These  num- 

bers of  protons  and  neutrons  are  called  magic  numbers. 

•  Nuclei  with  even  numbers  of  both  protons  and  neutrons  are 
generally  more  stable  than  those  with  odd  numbers  of  nu- 

cleons, as  shown  in  Table  21.3  ►. 

ork.  For  example, 
actually  undergoes 
the  belt  of  stability 

ibility.  7,i'iNd,  how  - 

ACTIVITY 
Uranium-238  Decay  Series 

▼  Figure  21.4   Nuclear  disintegration 

series  for  uranium-238.  The  "fll  nucleus 
decays  to  "fjh.  Subsequent  decay  processes 
eventually  form  the  stable  2a(2'Pb  nucleus.  Each 
blue  arrow  corresponds  to  the  loss  of  an  alpha 
particle;  each  red  arrow  corresponds  to  the  loss 
of  a  beta  particle. 
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TABLE  21.3   The  Number  of  Stable 
Isotopes  with  Even  and  Odd 
Numbers  of  Protons  and  Neutrons 

Q    GIVE  IT  SOME  THOUGHT 

For  a  nucleus  containing  20  protons,  how  many  neutrons  would  be  likely  to  produce 

Number  ^e  most  stab'e  nucleus:  30,  24,  or  25? 
of  Stable 

lsot°Pes       Protons  Neutrons  These  observations  can  be  understood  in  terms  of  the  shell  model  of  the  nu- 

157  Even  Even  cleus,  in  which  nucleons  arc  described  as  residing  in  shells  analogous  to  the 
Even  Odd  shell  structure  for  electrons  in  atoms,  just  as  certain  numbers  of  electrons  (2,  8, 

Odd  Even  '<S'  36,  54,  and  86)  correspond  to  stable  closed-shell  electron  configurations,  so 
Odd  Odd  also  the  magic  numbers  of  nucleons  represent  closed  shells  in  nuclei.  As  an  ex- 

ample of  the  stability  of  nuclei  with  magic  numbers  of  nucleons,  note  that  the 
radioactive  series  depicted  in  Figure  21.4  ends  with  formation  of  the  stable 

nucleus,  which  has  a  magic  number  of  protons  (82). 

Evidence  also  suggests  that  pairs  of  protons  and  pairs  of  neutrons  have  a 
special  stability,  analogous  to  the  pairs  of  electrons  in  molecules.  Thus,  stable 
nuclei  with  an  even  number  of  protons  and  an  even  number  of  neutrons  are  far 
more  numerous  than  those  with  odd  numbers  (Table  21.3). 

■  SAMPLE  EXERCISE  21.4  |  Predicting  Nuclear  Stability 

Which  of  the  following  nuclei  are  especially  stable:  :He,  2nCa,  $Tc? 

Solution 
Analyze:  We  are  asked  to  identify  especially  stable  nuclei,  given  their  mass  numbers 
and  atomic  numbers. 

Plan:  We  look  to  see  whether  the  numbers  of  protons  and  neutrons  correspond  to 
magic  numbers. 
Solve:  The  ̂ He  nucleus  (the  alpha  particle)  has  a  magic  number  of  both  protons  (2) 
and  neutrons  (2)  and  is  verv  stable.  The  2i)Ca  nucleus  also  has  a  magic  number  of  both 
protons  (20)  and  neutrons  (20)  and  is  especially  stable. 

The  43TC  nucleus  does  not  have  a  magic  number  of  either  protons  or  neutrons.  In 
tact,  it  has  an  odd  number  of  both  protons  (43)  and  neutrons  (55).  There  are  very  few 
stable  nuclei  with  odd  numbers  of  both  protons  and  neutrons.  Indeed,  technetium-98 
is  radioactive. 

WKM  PRACTICE  EXERCISE 

Which  of  the  following  nuclei  would  vou  expect  to  exhibit  a  special  stability:  HoSn, 

:i'sAt,  :'s'"Pb7 
Answer:  %Sv\,  2$Pb 

21.3  1  Nuclear  Transmutations 

Thus  far  we  have  examined  nuclear  reactions  in  which  a  nucleus  spontaneous- 
ly decays.  A  nucleus  can  also  change  identity  if  it  is  struck  by  a  neutron  or  by 

another  nucleus.  Nuclear  reactions  that  are  induced  in  this  way  are  known  as 
nuclear  transmutations. 

The  first  conversion  of  one  nucleus  into  another  was  performed  in  1919  by 

Ernest  Rutherford.  He  succeeded  in  converting  nitrogen-14  into  oxygen-17,  plus  a 

proton,  using  the  high-velocity  alpha  particles  emitted  by  radium.  The  reaction  is 

ljN  +  iHe   *  l780  +  |H  [21.8] 

This  reaction  demonstrated  that  nuclear  reactions  can  be  induced  by  striking 
nuclei  with  particles  such  as  alpha  particles.  Such  reactions  made  it  possible  to 
synthesize  hundreds  of  radioisotopes  in  the  laboratory. 

Nuclear  transmutations  are  sometimes  represented  by  listing,  in  order,  the 
target  nucleus,  the  bombarding  particle,  the  ejected  particle,  and  the  product 

nucleus.  Written  in  this  fashion,  Equation  21.8  is  'yN^,  p)gO.  The  alpha  parti- 
cle, proton,  and  neutron  are  abbreviated  as  a,  p,  and  n,  respectively. 
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■i  SAMPLE  EXERCISE  21.5  |  Writing  a  Balanced  Nuclear  Equation 

Write  the  balanced  nuclear  equation  tor  the  process  summarized  as  f;Al(n,  aJyNa. 
Solution 
Analyze:  We  must  go  from  the  condensed  descriptiv  e  form  of  the  nuclear  reaction  to 
the  balanced  nuclear  equation. 
Plan:  We  arrive  at  the  full  nuclear  equation  by  writing  n  and  a,  each  with  its  associ- 

ated subscripts  and  superscripts. 

Solve:  The  n  is  the  abbrev  iation  for  a  neutron  (,'n),  and  a  represents  an  alpha  particle 
(^He).  The  neutron  is  the  bombarding  particle,  and  the  alpha  particle  is  a  product. 
Therefore,  the  nuclear  equation  is 

j\A\  i  Jn   ►  TiNa  ■+  |He 

■i  PRACVICE  EXERCISE 

Using  a  shorthand  notation,  write  the  nuclear  rea<  tion 

'SO  +  jH   ►  'tN  +  iHe 

Answer:  l»0(p,  a)^N 

Accelerating  Charged  Particles 

Charged  particles,  such  as  alpha  particles,  must  be  moving  very  fast  in  order  to 
overcome  the  electrostatic  repulsion  between  them  and  the  target  nucleus.  The 
higher  the  nuclear  charge  on  either  the  projectile  or  the  target,  the  faster  the 
projectile  must  be  mov  ing  to  bring  about  a  nuclear  reaction.  Many  methods 
have  been  devised  to  accelerate  charged  particles,  using  strong  magnetic  and 

electrostatic  fields.  These  particle  accelerators,  popularly  called  "atom  smash- 
ers," bear  such  names  as  cyclotron  and  synchrotron.  The  cyclotron  is  illustrated 

in  Figure  2\.5  ►.  The  hollow  D-shaped  electrodes  are  called  "dees."  The  projec- 
tile particles  are  introduced  into  a  vacuum  chamber  within  the  cyclotron.  I  he 

particles  are  then  accelerated  by  making  the  dees  alternately  positively  and 

negatively  charged.  Magnets  placed  above  and  below  the  dees  keep  the  parti- 
cles moving  in  a  spiral  path  until  they  are  finally  deflected  out  of  the  cyclotron 

and  emerge  to  strike  a  target  substance.  Particle  accelerators  hav  e  been  used 

mainly  to  synthesize  heavy  elements  and  to  inv  estigate  the  fundamental  struc- 
ture of  matter.  Figure  21.6  ▼  shows  an  aerial  view  of  Fermilab,  the  National  Ac- 

celerator Laboratory  near  Chicago. 

Using  Neutrons 

Most  synthetic  isotopes  used  in  medicine  and  scientific  research  are  made 

using  neutrons  as  projectiles.  Because  neutrons  are  neutral,  they  are  not  re- 
pelled by  the  nucleus.  Consequently,  they  do  not  need  to  be  accelerated,  as  do 

charged  particles,  in  order  to  cause  nuclear  reactions.  (Indeed,  they  cannot  be 
accelerated.)  The  necessary  neutrons  are  produced  by  the  reactions  that  occur 

in  nuclear  reactors.  Cobalt-60,  for  example,  used  in  radiation  therapy  tor  cancer, 

Alternating-voltage 

source 
Vacuum 

Path  ot    chamber  +  _ particle  Dees 

To  vacuum 
pump 

Magnet  (ton 
largel  "  ' 

magnet  not 
shown ) 

▲  Figure  21.5   Schematic  drawing  of  a 
cyclotron.  Charged  particles  are  accelerated 
around  the  ring  by  applying  alternating  voltage  to 
the  dees. 

4  Figure  21.6   The  Fermi  National 
Accelerator  Laboratory  at  Batavia,  Illinois. 
Particles  are  accelerated  to  very  high  energies  by 
circulating  them  through  magnets  in  the  ring, 
which  has  a  circumference  of  6  3  km 
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is  produced  by  neutron  capture.  Iron-58  is  placed  in  a  nuclear  reactor,  where 
it  is  bombarded  by  neutrons.  The  following  sequence  of  reactions  takes  place: 

l|Fe  +  (',n   ►  llFe  [21.9] 

llFe  ►  gCo  +  _?e  [21.10] 

$Co  +  Jn   >$Co  [21.11] 

9 

"HOUGHT 

Why  are  reactions  that  produce  medically  useful  radionuclides  carried  out  in  nuclear 
reactors? 

4^ 

Transuranium  Elements 

Artificial  transmutations  have  been  used  to  produce  the  elements  with  atomic 
number  above  92.  These  are  known  as  the  transuranium  elements  because 

they  occur  immediately  following  uranium  in  the  periodic  table.  Elements  93 

(neptunium,  Np)  and  94  (plutonium,  Pu)  were  first  discovered  in  1940.  They 

were  produced  by  bombarding  uranium-238  with  neutrons: 

2$U  +  r}n   ►  2^U   *  2$Np  +  _?e  [21.12] 

2^NP   *  2$Pu  +  _?e  [21.13] 

Elements  with  still  larger  atomic  numbers  are  normally  formed  in  small 

quantities  in  particle  accelerators.  Curium-242,  for  example,  is  formed  when  a 
plutonium-239  target  is  struck  with  accelerated  alpha  particles: 

+  iHe   ►  2^Cm  +  Jn  [21.14] 

In  1994  a  team  of  European  scientists  synthesized  element  111  by  bombarding  a 
bismuth  target  for  several  days  with  a  beam  of  nickel  atoms: 

s^Dl  ~  2s-^l    111*  +  0n 

Amazingly,  their  discovery  w  as  based  on  the  detection  of  only  three  atoms  of 

the  new  element.  The  nuclei  are  very  short-lived,  and  they  undergo  alpha 

decay  within  milliseconds  of  their  synthesis.  In  2004  scientists  reported  the  syn- 
thesis of  elements  113  and  115.  As  of  this  writing,  names  and  symbols  have  not 

yet  been  chosen  for  these  new  elements. 

21.4  |  Rates  of  Radioactive  Decay  

Some  radioisotopes,  such  as  uranium-238,  are  found  in  nature,  in  spite  of  the 
fact  that  they  are  not  stable.  Other  radioisotopes  do  not  exist  in  nature,  though 

they  can  be  synthesized  in  nuclear  reactions.  To  understand  this  distinction,  we 
must  realize  that  different  nuclei  undergo  radioactive  decay  at  different  rates. 
Many  radioisotopes  decay  essentially  completely  in  a  matter  of  seconds  or  less, 

First-Order  Process  so  we  do  n°t  find  them  in  nature.  Uranium-238,  on  the  other  hand,  decays  very 
slowly;  therefore,  despite  its  instability,  we  can  still  observe  what  remains  from 
its  formation  in  the  early  history  of  the  universe. 

Radioactive  decay,  a  first-order  kinetic  process,  is  an  important  characteristic 
of  a  radioisotope.  Recall  that  a  first-order  process  has  a  characteristic  half-life, 
which  is  the  time  required  for  half  of  any  given  quantity  of  a  substance  to  react. 

n  1 4.4 )  The  rates  of  decay  of  nuclei  are  commonly  expressed  in  terms  of 

their  half-lives.  Each  isotope  has  its  own  characteristic  half-life.  For  example,  the 
half-life  of  strontium-90  is  28.8  yr.  If  we  started  with  10.0  g  of  strontium-90,  only 

ANIMATION 
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5.0  g  of  that  isotope  would  remain  after  28. 8  vr,  2.5  g  would  remain 

after  another  28.8  vr,  and  so  on.  Strontium-90  decays  to  yttrium-90: 
10.0 

3jSr function  of  time 

is [21.15] 

hown  in The  loss  ot  strontium-s'O  as 
Figure  21 .7  ►. 

Half-lives  as  short  as  millionths  of  a  second  and  as  long  as  bil- 

lions of  years  are  know  n.  The  half-lives  of  some  radioisotopes  are  list- 
ed in  Table  21.4  V.  One  important  feature  of  half-lives  for  nuclear 

decay  is  that  they  are  unaffected  by  external  conditions  such  as  tem- 
perature, pressure,  or  state  of  chemical  combination.  Unlike  toxic 

chemicals,  therefore,  radioactive  atoms  cannot  be  rendered  harmless 

by  chemical  reaction  or  by  any  other  practical  treatment.  At  this  point 
we  can  do  nothing  but  allow  these  nuclei  to  lose  radioactivitv  at  their 

characteristic  rates.  In  the  meantime,  we  must  take  precautions  to  pre- 
vent radioisotopes,  such  as  those  produced  in  nuclear  power  plants 

21 .7),  from  entering  the  environment,  because  of  the  damage  radiation  can  cause. 

▲  Figure  21.7   Decay  of  a  10.0-g  sample 
of  fiSr  (f ,  2  =  28.8  yr). 

H  SAMPLE  EXERCISE  21.6  |  Calculation  Involving  Haif-life 

The  half-life  of  cobalt-60  is  3.3  yr.  How  much  of  a  1 .000-mg  sample  of  cobalt-60  is  left 
after  a  15.9-yr  period1 
Solution 

Analyze:  We  are  gi\  en  the  half-life  for  cobalt-60  and  asked  to  calculate  the  amount  of 
cobalt-60  remaining  from  an  initial  1 .000-mg  sample  after  a  1 5.9-yr  period. 
Plan:  We  can  proceed  by  utilizing  the  fact  that  the  half-life  characteristic  of  a  first- 
order  decay  process  is  a  constant. 
Solve:  A  period  of  15.4  yr  is  three  half-lives  for  cobalt-60.  At  the  end  of  one  half-life, 
0.500  mg  of  cobalt-60  remains,  0.250  mg  at  the  end  of  two  half-lives,  and  0. 125  mg  at 
the  end  of  three  half-lives. 

MM  PRACTICE  EXERCISE 

Carbon-11,  used  in  medical  imaging,  has  a  half-life  of  20.4  min.  The  carbon-11  nu- 
clides are  formed  and  the  carbon  atoms  are  then  incorporated  into  an  appropriate 

compound.  The  resulting  sample  is  injected  into  a  patient,  and  the  medical  image  is 
obtained.  If  the  entire  process  takes  five  half-lives,  what  percentage  of  the  original 
carbon-11  remains  at  this  time? 
Answer:  3.12",. 

ACTIVITY 
Radioactive  Decay 

Dating 

Because  the  half-life  of  any  particular  nuclide  is  constant,  the  half-lite  can  serve 
as  a  nuclear  clock  to  determine  the  ages  of  different  objects.  Carbon- 14,  tor  ex- 

ample, has  been  used  to  determine  the  age  of  organic  materials  (Figure  21.8  ► ). 

TABLE  21.4   The  Half-lives  and  Type  of  Decay  for  Several  Radioisotopes 
Isotope 

Half-life  (yr)        Type  of  Decay 

N  a  turn  I  radioisotopes 

Synthetic  radioisotopes 

22nTh 

|Ml\ 

M4'  U 

'ICs 

131 

4.5  <  10" 

7.0  ■  10s 

1.4  x  in1" 

1.3  •  in1' 

3713 

24,000 

30 
28.8 
(I  022 

Alpha 

Alpha 
Alpha 
Beta 

Beta 

Alpha 
Beta 

Beta 

Beta 
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The  procedure  is  based  on  the  for- 
mation of  carbon-14  by  capture 

of  solar  neutrons  in  the  upper 

atmosphere: 

\N  + 

ltC  +  \p  [21.161 

This  reaction  provides  a  small  but 
reasonably  constant  source  of 
carbon-14.  The  carbon-14  is  ra- 

dioactive, undergoing  beta  decay 
with  a  half-life  of  5715  vr: 

14, 
147N  + 

[21.17] 

▲  Figure  21.8  Radiocarbon  dating.  This 
machine,  a  linear  accelerator,  analyzes  the 
amount  of  carbon-14  in  carbon  dioxide,  produced 
by  combustion  of  a  sample  in  oxygen.  The  ratio  of 
carbon-14  to  carbon-12  is  related  to  the  time 
since  the  death  of  the  animal  or  plant  being 
investigated. 

In  using  radiocarbon  dating, 

we  generally  assume  that  the  ratio 
of  carbon-14  to  carbon-12  in  the  at- 

mosphere has  been  constant  for  the 

past  50,000  yr.  The  carbon-14  is  in- 
corporated into  carbon  dioxide, 

which  is  in  turn  incorporated, 

through  photosynthesis,  into  more 
complex  carbon-containing  molecules  within  plants.  When  the  plants  are  eaten  by 
animals,  the  carbon-14  becomes  incorporated  within  them.  Because  a  living  plant 
or  animal  has  a  constant  intake  of  carbon  compounds,  it  is  able  to  maintain  a  ratio 

of  carbon-14  to  carbon-12  that  is  nearly  identical  with  that  of  the  atmosphere.  Once 
the  organism  dies,  however,  it  no  longer  ingests  carbon  compounds  to  replenish  the 

carbon-14  that  is  lost  through  radioactive  decay.  The  ratio  of  carbon-14  to  carbon-12 
therefore  decreases.  By  measuring  this  ratio  and  contrasting  it  to  that  of  the  atmos- 

phere, we  can  estimate  the  age  of  an  object.  For  example,  if  the  ratio  diminishes  to 

half  that  of  the  atmosphere,  we  can  conclude  that  the  object  is  one  half-life,  or  5715 
yr,  old.  This  method  cannot  be  used  to  date  objects  older  than  about  50,000  yr.  After 
this  length  of  time  the  radioactivity  is  too  low  to  be  measured  accurately. 

The  radiocarbon-dating  technique  has  been  checked  by  comparing  the  ages  of 
trees  determined  by  counting  their  rings  and  by  radiocarbon  analysis.  As  a  tree 

grows,  it  adds  a  ring  each  year.  In  the  old  growth  the  carbon-14  decays,  while  the 
concentration  of  carbon-12  remains  constant.  The  two  dating  methods  agree  to 
within  about  10%.  Most  of  the  wood  used  in  these  tests  was  from  California  bristle- 

cone  pines,  which  reach  ages  up  to  2000  yr.  By  using  trees  that  died  at  a  known  time 
thousands  of  years  ago,  it  is  possible  to  make  comparisons  back  to  about  5000  BC. 

Other  isotopes  can  be  similarly'  used  to  date  other  types  of  objects.  For  ex- 

ample, it  takes  4.5  x  10c'yr  for  half  of  a  sample  of  uranium-238  to  decay  to 
lead-206.  The  age  of  rocks  containing  uranium  can  therefore  be  determined  by- 
measuring  the  ratio  of  lead-206  to  uranium-238.  If  the  lead-206  had  somehow 
become  incorporated  into  the  rock  by  normal  chemical  processes  instead  of  by 

radioactive  decay,  the  rock  would  also  contain  large  amounts  of  the  more  abun- 

dant isotope  lead-208.  In  the  absence  of  large  amounts  of  this  "geonormal"  iso- 
tope of  lead,  it  is  assumed  that  all  of  the  lead-206  was  at  one  time  uranium-238. 

The  oldest  rocks  found  on  Earth  are  approximately  3  x  109  yr  old.  This  age 
indicates  that  Earth's  crust  has  been  solid  for  at  least  this  length  of  time.  Scientists 
estimate  that  it  required  1  x  109  to  1.5  X  109  yr  for  Earth  to  cool  and  its  surface  to 
become  solid.  This  places  the  age  of  Earth  at  4.0  x  109  (about  4  billion)  yr. 

Calculations  Based  on  Half-life 

So  far,  our  discussion  has  been  mainly  qualitative.  We  now  consider  the  topic  of 

half-lives  from  a  more  quantitative  point  of  view.  This  approach  enables  us  to 
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answer  questions  of  the  following  types:  How  do  we  determine  the  halt-lite  of 
uranium-238?  Similarly,  how  do  we  quantitatively  determine  the  age  of  an  object? 

Radioactive  decay  is  a  first-order  kinetic  process.  Its  rate,  therefore,  is  pro- 
portional to  the  number  of  radioactive  nuclei  N  in  the  sample: 

Rate  =  kN  [21.18] 

The  first-order  rate  constant,  k,  is  called  the  decay  constant.  The  rate  at  which  a  sam- 
ple decays  is  called  its  activity,  and  it  is  often  expressed  as  the  number  of  disinte- 

grations observ  ed  per  unit  time.  The  becquerel  (Bq)  is  the  SI  unit  for  expressing 

the  activity  of  a  particular  radiation  source  (that  is,  the  rate  at  w  hich  nuclear  disin- 
tegrations are  occurring).  A  becquerel  is  defined  as  one  nuclear  disintegration  per 

second.  An  older,  but  still  widely  used,  unit  of  activity  is  the  curie  (Ci),  defined  as 

3.7  /  K)"1  disintegrations  per  second,  which  is  the  rate  of  decay  of  1  g  of  radium. 

Thus,  a  4.0-mCi  sample  of  cobalt-60  undergoes  (4.0  ■  10  ')  ■  (3.7  ■  101"  disin- 
tegrations per  second  )  =  13  -  10s  disintegrations  per  second  and  has  an  activi- 

ty of  1.5  X  10s  Bq.  As  a  radioactive  sample  decays,  the  amount  of  radiation 
emanating  from  the  sample  decays  as  well.  For  example,  the  half-life  of  cobalt-60 
is  5.26  yr.  The  4.0-mCi  sample  of  cobalt-60  would,  after  5.26  vr,  have  a  radiation  ac- 

tivity of  2.0  mCi,  or  7.3  ■   10'  Bq. 
As  we  saw  in  Section  14.4,  a  first-order  rate  law  can  be  transformed  into  the 

following  equation: 

In  ̂'  =   -kt  [21.19] 

In  this  equation  /  is  the  time  interval  of  decay,  k  is  the  decay  constant,  Nu  is  the 
initial  number  of  nuclei  (at  time  zero),  and  \,  is  the  number  remaining  after  the 

time  interval.  Both  the  mass  of  a  particular  radioisotope  and  its  activity  are  pro- 
portional to  the  number  of  radioactive  nuclei.  Thus,  either  the  ratio  of  the  mass 

at  any  time  /  to  the  mass  at  time  /  0  or  the  ratio  of  the  activities  at  time  /  and 

t  =  0  can  be  substituted  for  Nt/Na  in  Equation  21.19. 
From  Equation  21.lc>  we  can  obtain  the  relationship  between  the  decay  con- 

stant, k,  and  halt-life,  t\n. 

0.693 
k  =    |21.20| h/2 

Thus,  if  we  know  the  value  of  either  the  decay  constant  or  the  half-life,  we  can 
calculate  the  value  of  the  other. 

Q    GIVE  IT  SOME  THOUGHT 

(a)  Would  doubling  the  mass  of  a  radioactive  sample  change  the  amount  of  radioac- 
tivity the  sample  shows?  (b)  Would  doubling  the  mass  change  the  half-life  for  the  ra- 

dioactive decay? 

WM  SAMPLE  EXERCISE  21.7  |  Calculating  the  Age  of  a  Mineral 

A  rock  contains  0.257  mg  of  lead-20h  for  every  milligram  of  uranium-238.  The  halt-life  for  the  din  ay  ol  uranium-238  to  lead-206  is 
4.5  x  10q  yr.  How  old  is  the  rock!1 
Solution 

Analyze:  We're  told  that  a  rock  sample  lias  a  certain  amount  of  lead-206  tor  every  unit  weight  of  uranium-238  and  asked  to  esti- 
mate the  age  of  the  rock. 

Plan:  Presumably  the  lead-206  is  due  entirely  to  radioactive  decay  of  uranium-228  to  form  lead-206,  w  ith  a  known  half-life,  lb 
apply  first-order  kinetics  expressions  (Equations  21.19  and  21. 2D)  to  calculate  the  time  elapsed  since  the  rock  was  formed,  we 
need  first  to  calculate  how  much  initial  uranium-238  there  was  tor  every  I  milligram  that  remains  today. 
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Solve:  Let's  assume  that  the  rock 
contains  1.000  mg  of  uranium-238  at 
present.  The  amount  of  uranium- 
238  in  the  rock  when  it  was  first 
formed  therefore  equals  1.000  mg 
plus  the  quantity  that-  decayed  to 
lead-206.  We  obtain  the  latter  quan- 

tity by  multiplying  the  present  mass 
of  lead-206  by  the  ratio  of  the  mass  ,  238 

number  of  uranium  to  that  of  lead,  Original  Z$U  =  1.000  mg  +  —  (0.257  mg) 
2U6 into  which  it  has  decayed.  The  total 

original  gfU  was-  thus  =  1.297mg 

Using  Equation  21.20,  we  can  calcu- 
late  the  decay  constant   for  the 

process  from  its  half-life:  4.5  x  104yr 
late   the  decay  constant   for   the  ^  =   0-693        =  j  ̂  x  iQ-10yr-1 

Rearranging  Equation  21.19  to  sok  e 
for  time,  t,  and  substituting  known  f  =  —  —  In  I  =  \  m  =  ]  7  x  109vr 

quantities  gives  k     N{]        1.5xl0"10yr  1  1297 
Wm  PRACTICE  EXERCISE 

A  wooden  object  from  an  archeological  site  is  subjected  to  radiocarbon  dating.  The  activity  of  the  sample  that  is  due  to  14C  is  mea- 
sured to  be  11.6  disintegrations  per  second.  The  activity  of  a  carbon  sample  of  equal  mass  from  fresh  wood  is  15.2  disintegrations 

per  second.  The  half-life  of  14C  is  5715  yr.  What  is  the  age  of  the  archeological  sample? 
Answer:  2230  yr 

WU  SAMPLE  EXERCISE  21.8  |  Calculations  Involving  Radioactive  Decay 

If  we  start  with  1.000  g  of  strontium-90,  0.953  g  will  remain  after  2.00  yr.  (a)  What  is  the  half-life  of  strontium-90?  (b)  How  much 
strontium-90  will  remain  after  5.00  yr?  (c)  What  is  the  initial  activity  of  the  sample  in  Bq  and  in  Ci? 
Solution 

1  Analyze:  We  are  asked  to  calculate  a  half-life,  t]  2>  based  on  data  that  tell  us  how  much  of  a  radioactive  nucleus  has  decayed 
in  a  given  period  of  time  and  (N0  =  1.000  g,  N,  =  0.953  g,  and  /  =  2.00  yr). 
Plan:  We  first  calculate  the  rate  constant  for  the  decay,  k,  then  use  that  to  compute  fj  3- 

Solve:  Equation  21.19  is  solved  for  1      N,  1         0.953  g 

the  decay  constant,  k,  and   then  k  =  ~  7     Afo  =  ~  2.00  yr  ln  1.000  g Equation  21.20  is  used  to  calculate 

half"Hfe' fl  2:  =  ]—  (  -0.0481 )  =  0.0241  yr"1 

2.00  yr 

0.693  0.693 
f,  2  =  — —  =   =  28.8  yr 
'         k        0.0241  yr"1 

analyze:  We  are  asked  to  calculate  the  amount  of  a  radionuclide  remaining  after  a  given  period  of  time. 
1:  We  need  to  calculate  the  amount  of  strontium  at  time  t,  N,,  using  the  initial  quantity,  N0,  and  the  rate  constant  for  decay,  k, 

calculated  in  part  (a). 

Solve:  Again  using  Equation  21.19,  ,    Nt  -iw-~„  n 

with*  =  0.0241  yA  we  have  ln  ̂   =  ~kt  =  "t00241  vr  ')(5.00yr)  =  -0.120 

-0.120  using  the  eA  or  INV  LN  tunc-  ^  =  p-o.l20  =  q  887 

Ni/Nl]  is  calculated  from  ln(N,//V0) 

•0.120  using  the  e*  or  INV  LN  fui 
tion  of  a  calculator:  Nt) 

Because  N0     1  000  g,  we  have  N,  =  (0.887)Nn  =  (0.887)(  1.000  g)  =  0.887  g 

(c)  Analyze:  We  are  asked  to  calculate  the  activity  of  the  sample  in  becquerels  and  curies. 
1:  We  must  calculate  the  number  of  disintegrations  per  second  per  atom,  then  multiply  by  the  number  of  atoms  in  the  sample. 

Solve:  The  number  of  disintegra-  wijw-.n 
tions  per  atom  per  second  is  given =  /  0.0241  \/     lyr     U  1QayU    lh    \  =  ?  ̂  ̂   10-io  g-l 
by  the  rate  constant,  A:.  V    yr    /  V  365  days  A  24  h  / \3600  sj 
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To  obtain  the  total  number  of  disin- 
tegrations per  second,  we  calculate 

the  number  of  atoms  in  the  sample. 
We  multiply  this  quantity  by  k, 
where  we  express  k  as  the  number  of 
disintegrations  per  atom  per  sec- 

ond, to  obtain  the  number  of  disin- 
tegrations per  second: 

Because  a  Be]  is  one  disintegration 
per  second,  the  activity  is  just 
5.1  X  1012Bq.  The  activity  in  Ci  is 
given  by 

(  LOOg^Sr) 
mol  ""Sr  \/  6.02  x  10-1  atoms  Sr 

90  g  90Sr Total  disintegrations  s 1  mol  L"'Sr 

in 

6.7  x  1021  atoms  ""Sr 
7.h4  ■   10  '"disintegrations^ 

a  him  •  s 
^.1   ■   11)'- disintegrations  s 

(6.7  •  111-1  atoms) 

(5.1  x  1111-  disintegrations/s; 
1  Ci 

3.7  x  101"  disintegrations  s 
=  1.4  x  10-  Ci 

We  have  used  only  two  significant  figures  in  products  of  these  calculations  because  we  don't  know  the  atomic  w  eight  ot  ""Sr  to 
more  than  two  significant  figures  without  looking  it  up  in  a  special  source. 

■■  PRACTICE  EXERCISE 

A  sample  to  be  used  for  medical  imaging  is  labeled  with    F,  which  has  a  half-life  of  1 10  mm.  What  percentage  ot  the  original  ac- 
tivity in  the  sample  remains  after  300  min? 

Ansiver:  15.1% 

21.5  I  Detection  of  Radioactivity 

A  variety  of  methods  have  been  devised  to  detect  emissions  from  radioactive 

substances.  Henri  Becquerel  discovered  radioactivity  because  of  the  effect  of  ra- 
diation on  photographic  plates.  Photographic  plates  and  film  have  long  been 

used  to  detect  radioactivity.  The  radiation  affects  photographic  film  in  much  the 

same  way  as  X  rays  do.  With  care,  film  can  be  used  to  give  a  quantitative  measure 
of  activity.  The  greater  the  extent  of  exposure  to  radiation,  the  darker  the  area  of 
the  developed  negative.  People  who  work  with  radioactive  substances  carry  film 
badges  to  record  the  extent  of  their  exposure  to  radiation  (Figure  21.9  ►). 

Radioactivity  can  also  be  detected  and  measured  using  a  device  known  as  a 
Geiger  counter.  The  operation  of  a  Geiger  counter  is  based  on  the  ionization  ot 

matter  caused  by  radiation.  The  ions  and  electrons  produced  by  the  ionizing  radia- 
tion permit  conduction  of  an  electrical  current.  The  basic  design  of  a  Geiger  counter 

is  shown  in  Figure  21.10  ▼.  It  consists  ot  a  metal  tube  filled  with  gas.  The  cylinder 

has  a  "window"  made  of  material  that  can  be  penetrated  by  alpha,  beta,  or  gamma 
rays.  In  the  center  of  the  tube  is  a  wire.  The  wire  is  connected  to  one  terminal  of  a 
source  of  direct  current,  and  the  metal  cylinder  is  attached  to  the  other  terminal. 

Current  flows  between  the  wire  and  metal  cylinder  whenever  ions  are  produced  by 

entering  radiation.  The  current  pulse  created  when  radiation  enters  the  tube  is  am- 
plified; each  pulse  is  counted  as  a  measure  of  the  amount  of  radiation. 

VE 

▲  Figure  21.9   Badge  dosimeter. 

such  as  the  one  on  this  worker's  lapel  are  used  to monitor  the  extent  to  which  the  individual  has 

been  exposed  to  high-energy  radiation  The 
radiation  dose  is  determined  from  the  extent  of 

fogging  of  the  film  in  the  dosimeter.  Monitoring 
the  radiation  in  this  way  helps  prevent 
overexposure  for  people  whose  jobs  require 
them  to  use  radioactive  materials  or  X  rays. 

Amplifier 
and  counter 

Cathode  (") Anode (+) 

High 
voltage 

Argon  gas 

I  hin  w  indow 
penetrated  by 

radiation 

*  Figure  21.10  Schematic  drawing  of  a 
Geiger  counter 
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▲  Figure  21.11   A  scintillation  counter. 
Such  counters  are  used  to  quantitatively  measure 
the  level  of  radiation. 

Q    GIVE  IT  SOME  THOUGHT 

Will  alpha,  beta,  and  gamma  rays  pass  through  the  window  of  a  Geiger  counter  de- 
tection tube  with  equal  efficiency? 

Certain  substances  that  are  electronically  excited  by  radiation  can  also  be  used 

to  detect  and  measure  radiation.  For  example,  some  substances  excited  bv  radia- 

tion give  off  light  as  electrons  return  to  their  lower-energy  states.  These  substances 
are  called  phosphors.  Different  substances  respond  to  different  particles.  Zinc  sul- 

fide, for  example,  responds  to  alpha  particles.  An  instrument  called  a  scintillation 
counter  (Figure  21 .11  A)  is  used  to  detect  and  measure  radiation,  based  on  the  tinv 

flashes  of  light  produced  when  radiation  strikes  a  suitable  phosphor.  The  flashes 
are  magnified  electronically  and  counted  to  measure  the  amount  of  radiation. 

Radiotracers 

Because  radioisotopes  can  be  detected  so  readily,  thev  can  be  used  to  follow  an 

element  through  its  chemical  reactions.  The  incorporation  of  carbon  atoms 
from  COt  into  glucose  in  photosynthesis,  for  example,  has  been  studied  using 

CO2  containing  carbon-14: 

6  l4CO,  +  6  FhO    ";'n"^'  .    l4ChHP0^60,  [21.21] 

Chlorophyll  1*0  t. The  COt  is  said  to  be  labeled  with  the  carbon-14.  Detection  devices  such  as 

scintillation  counters  follow  the  carbon-14  as  it  moves  from  the  CO2  through 
the  various  intermediate  compounds  to  glucose. 

The  use  of  radioisotopes  is  possible  because  all  isotopes  of  an  element  have 

essentially  identical  chemical  properties.  When  a  small  quantity  of  a  radioiso- 
tope is  mixed  with  the  naturally  occurring  stable  isotopes  of  the  same  element, 

all  the  isotopes  go  through  the  same  reactions  together.  The  element's  path  is 
revealed  by  the  radioactivity  of  the  radioisotope.  Because  the  radioisotope  can 
be  used  to  trace  the  path  of  the  element,  it  is  called  a  radiotracer. 

21.6  I  Energy  Changes  in  Nuclear  Reactions  

The  energies  associated  with  nuclear  reactions  can  be  considered  with  the  aid 

of  Einstein's  famous  equation  relating  mass  and  energy: 

£  =  mc2  [21.22] 

In  this  equation  £  stands  for  energy,  m  for  mass,  and  c  for  the  speed  of  light, 

3.00  x  10  m/s.  This  equation  states  that  the  mass  and  energy  of  an  object  are 
proportional.  If  a  system  loses  mass,  it  loses  energy  (exothermic);  if  it  gains 

mass,  it  gains  energy  (endothermic).  Because  the  proportionality  constant  in 

the  equation,  c~,  is  such  a  large  number,  even  small  changes  in  mass  are  accom- 
panied by  large  changes  in  energy. 

The  mass  changes  in  chemical  reactions  are  too  small  to  detect.  For  exam- 
ple, the  mass  change  associated  with  the  combustion  of  1  mol  of  CH4  (an 

exothermic  process)  is  -9.9  x  10~4  g.  Because  the  mass  change  is  so  small,  it  is 
possible  to  treat  chemical  reactions  as  though  mass  is  conserved. 

The  mass  changes  and  the  associated  energy  changes  in  nuclear  reactions 

are  much  greater  than  those  in  chemical  reactions.  The  mass  change  accompa- 
nying the  radioactive  decay  of  a  mole  of  uranium-238,  for  example,  is  50,000 

times  greater  than  that  for  the  combustion  of  1  mol  of  CH4.  Let's  examine  the 
energy  change  for  the  nuclear  reaction 

2^U   >  2$Th  +  *He 
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The  nuclei  in  this  reaction  have  the  following  masses:  ijsU,  238.0003  amu; 

2^Th,  233.9942  amu;  and  ̂ He,  4.001  5  amu.  The  mass  change,  A///,  is  the  total 
mass  of  the  products  minus  the  total  mass  of  the  reactants.  The  mass  change  tor 

the  decay  of  a  mole  of  uranium-238  can  then  be  expressed  in  grams: 

233.9942  g  +  4.0015  g     238.0003  g  -  -0.0046  g 

The  fact  that  the  system  has  lost  mass  indicates  that  the  process  is  exothermic. 
All  spontaneous  nuclear  reactions  are  exothermic. 

The  energy  change  per  mole  associated  with  this  reaction  can  be  calculated 

using  Einstein's  equations: 

A£  =  A(/;/c2)  =  c2  A//; 

(2.9974  x  10"  m/s)  (  -  0.0046  g) 

, ,  ke-m 
4.1   ■   10"     -  4.1   ■  101 

1  kg 

Notice  that  A/;/  is  converted  to  kilograms,  the  SI  unit  of  mass,  to  obtain  A/  in 
joules,  the  SI  unit  for  energy. 

■■  SAMPLE  EXERCISE  21.9  |  Calculating  Mass  Change  in  a  Nuclear  Reaction 

How  much  energy  is  lost  or  gained  when  a  mole  oi  cobalt-60  undergoes  beta  decay:  27C0 
atom  is  59.933819  amu,  and  that  of  a  %U\  atom  is  59.930788  amu. 

ie  +  :sNi?4hr  mass  of  the  $Co 

Solution 

Analyze:  We  are  asked  to  calculate  the  energy  change  in  a  nuclear  reaction. 
Plan:  We  must  first  calculate  the  mass  change  in  the  process.  We  are  given  atomic  masses,  hut  we  need  the  masses  of  the  nuclei 
in  the  reaction.  We  calculate  these  by  taking  account  of  the  masses  of  the  electrons  that  contribute  to  the  atomk  masses. 

Solve:  A  j$Co  atom  has  27  elec- 
trons. The  mass  of  an  electron  is 

5.4858  X  10  4  amu.  (See  the  list  of 
fundamental  constants  in  the  back 
inside  cover).  We  subtract  the  mass 
of  the  27  electrons  from  the  mass  of 
the  oyCo  atom  to  find  the  mass  of  the 

V 

Likewise,  for  '^Ni,  the  mass  of  the 
nucleus  is 

The  mass  change  in  the  nuclear  re- 
action is  the  total  mass  of  the  prod- 

ucts minus  the  mass  of  the  reactant: 

Thus,  when  a  mole  of  cobalt-60 
decays, 

Because  the  mass  decreases 

(A//;  <  0),  energy  is  released 
(AE  <  0).  The  quantity  of  energy 
released  per  mole  of  cobalt-60  is  cal- 

culated using  Equation  21.22: 

59.933819  amu  -  (27)  (5.4858  ■   10  'amu)  =19.919007  amu  (or  59.919007  g/mol) 

59.930788amu  -  (28)(5.4858  ■  10  'amu)  59.915428  amu  (or  59.915428  g  mol) 

A///  =  mass  of  electron  +  mass  ̂ Ni  nucleus  mass  of  27C0  nucleus 

=  0.00054858  amu  +  59.915428amu     59.919007 amu 
0.003031  amu 

Ah/        0.003031  g 

AE  =  c2  Am 

=  (2.9979  x  108m/s)z( -0.003031  g) 

1  kg 

1000  S 

2.724  X  10" kg-nv 
2.724 

■1  PRACTICE  EXERCISE 

Positron  emission  from  1  'C,  1  \C   *  "B  +  ?e,  occurs  with  release'  of  2.87  ■  1011  J  per  mole  of  1  'C.  What  is  the  mass  <  hange  per 
mole  of  "C  in  this  nuclear  reaction? 

Answer:  -3.19  x  10  1  g 
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Medical  Applications  of  Radiotracers CHEMISTRY  AND  LIFE 

Radiotracers  have  found  wide  use  as  diagnostic  tools  in 
medicine.  For  example,  Figure  21.1  relates  to  the  use  of 

thallium-201  to  test  tor  blockages  in  the  heart  and  arteries. 
Table  21.5  ▼  lists  some  radiotracers  and  their  uses.  These  ra- 

dioisotopes are  incorporated  into  a  compound  that  is  adminis- 
tered to  the  patient,  usually  intravenously.  The  diagnostic  use 

of  these  isotopes  is  based  upon  the  ability  of  the  radioactive 
compound  to  localize  and  concentrate  in  the  organ  or  tissue 

under  investigation,  [odine-131,  for  example,  has  been  used  to 
test  the  activ  ity  of  the  thyroid  gland.  This  gland  is  the  only  im- 

portant user  of  iodine  in  the  body.  The  patient  drinks  a  solu- 
tion of  Nal  containing  iodine- 131.  Only  a  very  small  amount  is 

TABLE  21.5    Some  Radionuclides  Used  as  Radiotracers 

Area  of  the 

Nuclide  Half-life  Body  Studied 

Iodine- 131 
8.04  days 

Thyroid 
lron-59 

44.5  days Red  blood  cells 

Phosphorus-32 
14.3  days 

Eyes,  liver,  tumors 
Technetium-99 6.0  hours Heart,  bones,  liver, 

and  lungs 

Thallium-201 73  hours Heart,  arteries 

Sodium -24 14.8  hours Circulatory  system 

used  so  that  the  patient  does  not  receive  a  harmful  dose  of  ra- 
dioactivity. A  Geiger  counter  placed  close  to  the  thyroid,  in  the 

neck  region,  determines  the  ability  of  the  thyroid  to  take  up 
the  iodine.  A  normal  thyroid  will  absorb  about  12%  of  the  io- 

dine within  a  tew  hours 

The  medical  applications  of  radiotracers  are  further  illus- 
trated by  positron  emission  tomography  (PFT).  PET  is  used 

for  clinical  diagnosis  of  main  diseases.  In  this  method  com- 
pounds containing  radionuclides  that  decay  by  positron  emis- 

sion are  injected  into  a  patient.  These  compounds  are  chosen 
to  enable  researchers  to  monitor  blood  flow,  oxygen  and  glu- 

cose metabolic  rates,  and  other  biological  functions.  Some  of 
the  most  interesting  work  involves  the  study  of  the  brain, 
which  depends  on  glucose  for  most  of  its  energy.  Changes  in 
how  this  sugar  is  metabolized  or  used  by  the  brain  may  signal 

a  disease  such  as  cancer,  epilepsy,  Parkinson's  disease,  or 
schizophrenia. 

The  compound  to  be  detected  in  the  patient  must  be  la- 
beled with  a  radionuclide  that  is  a  positron  emitter.  The 

most  widely  used  nuclides  are  carbon- 1 1  (half-life  20.4  min), 
fluorine-18  (half-life  110  min),  oxygen-15  (half-life  2  min), 
and  nitrogen-13  (half-life  10  min).  Glucose,  for  example,  can 

be  labeled  with  nC.  Because  the  half-lives  of  positron  emit- 
ters are  so  short,  the  chemist  must  quickly  incorporate  the 

radionuclide  into  the  sugar  (or  other  appropriate)  molecule 

Nuclear  Binding  Energies 

Scientists  discovered  in  the  lc'30s  that  the  masses  of  nuclei  are  always  less  than 
the  masses  of  the  individual  nucleons  of  which  they  are  composed.  For  exam- 

ple, the  helium-4  nucleus  has  a  mass  of  4.00150  amu.  The  mass  of  a  proton  is 
1.00728  amu,  and  that  of  a  neutron  is  1.00866  amu.  Consequently,  two  protons 
and  two  neutrons  have  a  total  mass  of  4.03188  amu: 

Mass  of  two  protons  =  2(1.00728  amu)  =  2.01456  amu 

Mass  of  two  neutrons  =  2(  1.00866  amu)  =  2.01732  amu 

Total  mass  =  4.03188  amu 

The  mass  of  the  individual  nucleons  is  0.03038  amu  greater  than  that  of  the 
helium-4  nucleus: 

Mass  of  two  protons  and  two  neutrons  =  4.03188  amu 

Mass  of  2He  nucleus  =  4.00150  amu 

Mass  difference  =  0.03038  amu 

The  mass  difference  between  a  nucleus  and  its  constituent  nucleons  is  called 

the  mass  defect.  The  origin  of  the  mass  defect  is  readily  understood  if  we  con- 
sider that  energy  must  be  added  to  a  nucleus  in  order  to  break  it  into  separated 

protons  and  neutrons: 

Energy  +  ̂ He   >  2  |p  +  2jn  [21.23] 
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and  inject  thi'  compound  immediately.  The  patient  is  placed 
in  an  elaborate  instrument  [  Figure  21.1 2(a )  T |  that  measures 

the  positron  emission  and  constructs  a  computer-based 
image  of  the  organ  in  which  the  emitting  compound  is  local- 

(a) 

ized.  The  nature  of  this  image  [Figure  21.12(h)]  provides 
clues  to  the  presence  of  disease  or  other  abnormality  and 
helps  medical  researchers  understand  how  a  particular  dis- 

ease affects  the  functioning  of  the  brain. 

mm 

(b) 

A  Figure  21.12   Positron  emission  tomography  (PET),  (a)  A  patient  is  injected  with  a  solution  of  a  radiolabeled  compound  that  quickly  moves 
to  the  brain.  Radioactive  nuclei  within  the  compound  emit  positrons.  The  PET  instrument  measures  the  positron  emissions  and  develops  a  three- 
dimensional  image  of  the  brain,  (b)  PET  images  of  the  human  brain  showing  areas  active  in  obsessive-compulsive  behavior.  Each  view  represents  a 
different  cross  section  of  the  brain  The  red  and  yellow  areas  are  the  active  areas,  as  indicated  by  blood  flow  detected  by  the  radioactive  tracer. 

The  addition  of  energy  to  a  system  must  be  accompanied  by  a  proportional 

increase  in  mass.  The  mass  change  for  the  conversion  of  helium-4  into  separat- 

ed nucleons  is  Aw  =  0.03038  amu,  as  shown  in  these  calculations.  The  energy 
required  for  this  process  is 

AE  =  c2  Aw 

=  (2.9979  X  108m/s)2(0.03038amu)|  1  g„        )(   '  k^  ) \6.022  X  1023amuy\  1000  g/ 

=  4.534  X  10" 12  J 

The  energy  required  to  separate  a  nucleus  into  its  individual  nucleons  is 
called  the  nuclear  binding  energy.  The  larger  the  binding  energy,  the  more 
stable  is  the  nucleus  toward  decomposition.  The  nuclear  binding  energies  of 

helium-4  and  two  other  nuclei  (iron-56  and  uranium-238)  are  compared  in 
Table  21.6  ▼.  The  binding  energies  per  nucleon  (that  is,  the  binding  energy  of 
each  nucleus  divided  by  the  total  number  of  nucleons  in  that  nucleus)  are  also 
compared  in  the  table. 

1  TABLE  21.6 Mass  Defects  and  Binding  Energies  for  Three  Nuclei 

Nucleus 
Mass  of  Nucleus 
(amu) 

Mass  of  Individual 
Nucleons  (amu) 

Mass  Defect 
(amu) 

Binding 

Energy  ()) 

Binding  Energy 

per  Nucleon  (|) 

£He 4.00151) 4.03188 0.03038 

4.53  x  10  12 1.13  •   10  12 
iFe 

55.92068 56.44914 0.52846 

7.40  ■   10  11 1.41  X  10  12 

2$U 238.00031 234.43451 1. 43420 

2.84  X  10  111 
1  21   ■   10  12 
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▲  Figure  21.13   Nuclear  binding  energies. 
The  average  binding  energy  per  nucleon 
increases  to  a  maximum  at  a  mass  number  of  50 
to  60  and  decreases  slowly  thereafter.  As  a  result 
of  these  trends,  fusion  of  light  nuclei  and  fission 
of  heavy  nuclei  are  exothermic  processes. 

The  binding  energies  per  nucleon  can  be  used  to  com- 
pare the  stabilities  of  different  combinations  of  nucleons 

(such  as  2  protons  and  2  neutrons  arranged  either  as  jHe 

or  2  yH.)  Figure  21.13  -4  shows  the  average  binding  ener- 
gy per  nucleon  plotted  against  mass  number.  The  binding 

energy  per  nucleon  at  first  increases  in  magnitude  as 

the  mass  number  increases,  reaching  about  1.4  /  10  12  J 
for  nuclei  whose  mass  numbers  are  in  the  vicinity  of  iron- 
56.  It  then  decreases  slowly  to  about  1.2  x  10  J  for  very 

heavy  nuclei.  This  trend  indicates  that  nuclei  of  interme- 
diate mass  numbers  are  more  tightly  bound  (and  there- 

fore more  stable)  than  those  with  either  smaller  or  larger 

mass  numbers.  This  trend  has  two  significant  conse- 
quences: First,  heavy  nuclei  gain  stability  and  therefore 

give  off  energy  if  they  are  fragmented  into  two  mid-sized 
nuclei.  This  process,  known  as  fission,  is  used  to  generate 

energy  in  nuclear  power  plants.  Second,  even  greater 
amounts  of  energy  are  released  if  very  light  nuclei  are 

combined  or  fused  together  to  give  more  massive  nuclei.  This  fusion  process  is 

the  essential  energy-producing  process  in  the  Sun.  We  will  look  more  closely  at 
fission  and  fusion  in  Sections  21.7  and  21.8. 

zoo 

>50 

9 
GIVE  IT  SOME  THOUGHT 

Could  fusing  two  stable  nuclei  that  have  mass  numbers  in  the  vicinity  of  100  cause 

an  energy-releasing  process? 

21.7  I  Nuclear  Fission 

According  to  our  discussion  of  the  energy  changes  in  nuclear  reactions  (Section 

21.6),  both  the  splitting  of  heavy  nuclei  (fission)  and  the  union  of  light  nuclei  (fu- 
sion) are  exothermic  processes.  Commercial  nuclear  power  plants  and  the  most 

common  forms  of  nuclear  weaponry  depend  on  the  process  of  nuclear  fission  for 

their  operation.  The  first  nuclear  fission  to  be  discovered  was  that  of  uranium-235. 
This  nucleus,  as  well  as  those  of  uranium-233  and  plutonium-239,  undergoes  fis- 

sion when  struck  by  a  slow-moving  neutron.*  The  induced  fission  process  is  illus- 
trated in  Figure  21.14  ▼.  A  heavy  nucleus  can  split  in  many  different  ways.  Two 

ways  that  the  uranium-235  nucleus  splits  are  shown  in  Equations  21.24  and  21.25: 

^     >^Te  +  ̂ Zr  +  2*n  [21.24] 
on  +  2^U  . ^     14526Ba  +  £Kr  +  3jn  [21.25] 

►  Figure  21.14   Diagram  of  uranium-235 
fission.  The  diagram  shows  just  one  of  many 
fission  patterns.  In  the  process  shown, 

3.5  ■  10  "  J  of  energy  is  produced  per 2i''U  nucleus. 

Kr 

Q 

I3a 

*  Other  heavy  nuclei  can  be  induced  to  undergo  fission.  However,  these  three  are  the  only  ones  of 
practical  importance. 
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More  than  200  isotopes  of  35  elements  have  been 

found  among  the  fission  products  of  uranium- 
235.  Most  of  them  are  radioactiv  e. 

On  the  average,  2.4  neutrons  are  pro- 
duced by  every  fission  of  a  uranium-235 

nucleus.  If  one  fission  produces  two 
neutrons,   these   two   neutrons  can 

cause  two  additional  fissions.   I  he  . 
four  neutrons  thereby  released  can  * 

produce  four  fissions,  and  so  forth, 
as  shown   in   Figure  21.15  ►.  The 

number  of  fissions  and  the  energy  re- 
leased quickly  escalate,  and  if  the 

process  is  unchecked,  the  result  is  a  violent  explosion. 
Reactions  that  multiply  in  this  fashion  are  called  chain  reactions 

In  order  for  a  fission  chain  reaction  to  occur,  the  sample  of 
fissionable  material  must  have  a  certain  minimum  mass. 

Otherwise,  neutrons  escape  from  the  sample  before  they 
have  the  opportunity  to  strike  other  nuclei  and  cause  ac 
ditional  fission.  The  chain  stops  it  too  many  neutrons  are 
lost.  The  amount  of  fissionable  material  large  enough  to 
maintain  the  chain  reaction  with  a  constant  rate  of  fis- 

sion is  called  the  critical  mass.  When  a  critical  mass  of 

material  is  present,  one  neutron  on  average  from  each 
hssion  is  subsequently  effective  in  producing  another 

fission.  The  critical  mass  of  uranium-235  is  about  1  kg. 
If  more  than  a  critical  mass  of  fissionable  material  is 

present,  very  few  neutrons  escape.  The  chain  reaction 
thus  multiplies  the  number  of  fissions,  which  can  lead 
to  a  nuclear  explosion.  A  mass  in  excess  of  a  critical 
mass  is  referred  to  as  a  supercritical  mass.  The  effect 

of  mass  on  a  fission  reaction  is  illustrated  in  Figure  21.  hi  ►. 
Figure  21.17  ►  shows  a  schematic  diagram  of  the  first  atomic  bomb  used  in 

warfare,  the  bomb  that  was  dropped  on  I  liroshima,  Japan,  on  August  6,  1945.  To 

trigger  a  fission  reaction,  two  subcritical  masses  of  uranium-235  arc  slammed  to- 

gether using  chemical  explosives.  The  combined  masses  of  the  uranium  form  a  su- 
percritical mass,  which  leads  to  a  rapid,  uncontrolled  chain  reaction  and, 

ultimately,  a  nuclear  explosion.  The  energy  released  by  the  bomb  dropped  on  Hi- 
roshima was  equivalent  to  that  of  20,000  tons  of  TNT  (it  therefore  is  called  a 

20-kiloton  bomb).  Unfortunately,  the  basic  design  of  a  fission-based  atomic  bomb  is 
quite  simple.  The  fissionable  materials  are  potentially  available  to  any  nation  with  a 
nuclear  reactor.  This  simplicity  has  resulted  in  the  proliferation  of  atomic  weapons. 

Nuclear  Reactors 

Nuclear  fission  produces  the  energy  generated  by  nuclear  power  plants.  The 

"fuel"  of  the  nuclear  reactor  is  a  fissionable  substance,  such  as  uranium-235. 
Typically,  uranium  is  enriched  to  about  3%  uranium-235  and  then  used  in  the 
form  of  UOt  pellets.  These  enriched  uranium  pellets  are  encased  in  zirconium 
or  stainless  steel  tubes.  Rods  composed  of  materials  such  as  cadmium  or  boron 
control  the  fission  process  by  absorbing  neutrons.  These  control  rods  regulate 

the  flux  of  neutrons  to  keep  the  reaction  chain  self-sustaining,  while  prev  enting 

the  reactor  core  from  overheating.* 

<  Figure  21.15   Chain  fission  reaction. 
Assuming  that  each  fission  produces  two 
neutrons,  the  process  leads  to  an  accelerating 
rate  of  fission,  with  the  number  of  fissions 
potentially  doubling  at  each  stage. 

third 

neutrons 

soi  (  >nd 
neutrons 

\ucleus 

Subcritical  mass 
(chain  reaction  stops) 

*The  reactor  core  cannot  reach  supercritical  levels  and  explode  with  the  violence  of  an  atomic 
bomb  because  the  concentration  of  uranium-235  is  too  low.  Howev  er,  if  the  con.'  overheats,  swtti- 
cient  damage  might  be  done  to  release  radioactiv  e  materials  mtu  the  environment. 

Superc  ri tic al  mass (chain  rea<  tion  ai.  celerates) 

▲  Figure  21.16   Subcritical  and 
supercritical  fission.  The  chain  reaction  in  a 
subcritical  mass  soon  stops  because  neutrons  are 
lost  from  the  mass  without  causing  fission.  As  the 
size  of  the  mass  increases,  fewer  neutrons  are 
able  to  escape.  In  a  supercritical  mass,  the  chain 
reaction  is  able  to  accelerate 

Subcritical U-235 

target 

Bomb 

casing 

(  iun 

barrel 

Subcritk  al U-235 wedge 

Chemk  a  I 

explosiv  e 

▲  Figure  21.17   An  atomic  bomb  design.  A 
conventional  explosive  is  used  to  bring  two 
subcritical  masses  together  to  form  a  supercritical 
mass 
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The  Dawning  of  the  Nuclear  Age 

P  he  fission  of  uranium-235  was  first  achieved  in  the  late 
1930s  by  Enrico  Fermi  and  his  colleagues  in  Rome,  and 

shortly  thereafter  by  Otto  Hahn  and  his  coworkers  in  Berlin. 
Both  groups  were  trying  to  produce  transuranium  elements. 
In  1938  Hahn  identified  barium  among  his  reaction  products. 
He  was  puzzled  by  this  observation  and  questioned  the  iden- 

tification because  the  presence  of  barium  was  so  unexpected. 
He  sent  a  detailed  letter  describing  his  experiments  to  Lise 
Meitner,  a  former  coworker.  Meitner  had  been  forced  to  leave 

Germany  because  of  the  anti-Semitism  of  the  Third  Reich  and 

had  settled  in  Sweden.  She  surmised  that  Hahn's  experiment 
indicated  a  new  nuclear  process  was  occurring  in  which  the 

uranium-235  split.  She  called  this  process  nuclear  fission. 
Meitner  passed  word  of  this  discovery  to  her  nephew, 

Otto  Frisch,  a  physicist  working  at  Niels  Bohr's  institute  in 
Copenhagen.  He  repeated  the  experiment,  verifying  Hahn's 
observations  and  finding  that  tremendous  energies  were  in- 

volved. In  January  1939,  Meitner  and  Frisch  published  a  short 
article  describing  this  new  reaction.  In  March  1939,  Leo  Szilard 
and  Walter  Zinn  at  Columbia  University  discov  ered  that  more 

neutrons  are  produced  than  are  used  in  each  fission.  As  we 
have  seen,  this  allows  a  chain  reaction  process  to  occur. 

News  of  these  discov  eries  and  an  awareness  of  their  po- 
tential use  in  explosiv  e  devices  spread  rapidly  within  the  sci- 
entific community.  Several  scientists  finally  persuaded  Albert 

Einstein,  the  most  famous  physicist  of  the  time,  to  write  a  let- 
ter to  President  Roosevelt  explaining  the  implications  of  these 

discoveries.  Einstein's  letter,  written  in  August  1939,  outlined 
the  possible  military  applications  of  nuclear  fission  and  em- 

phasized the  danger  that  weapons  based  on  fission  would 
pose  if  they  were  to  be  developed  bv  the  Nazis.  Roosevelt 

judged  it  imperative  that  the  United  States  investigate  the  pos- 
sibility of  such  weapons.  Late  in  1941  the  decision  was  made 

to  build  a  bomb  based  on  the  fission  reaction.  An  enormous  re- 

search project,  known  as  the  "Manhattan  Project,"  began. 
On  December  2, 1942,  the  first  artificial  self-sustaining  nu- 

clear fission  chain  reaction  was  achieved  in  an  abandoned 

squash  court  at  the  University  of  Chicago  (Figure  21.18  T). 
This  accomplishment  led  to  the  development  of  the  first  atom- 

ic bomb,  at  Los  Alamos  National  Laboratory  in  New  Mexico 
in  July  1943.  In  August  1943  the  United  States  dropped  atomic 
bombs  on  two  Japanese  cities,  Hiroshima  and  Nagasaki.  The 
nuclear  age  had  arrived. 

A  Figure  21.18   The  first  self-sustaining  nuclear  fission  reactor.  The 
reactor  was  built  in  a  squash  court  at  the  University  of  Chicago.  The  painting 
depicts  the  scene  in  which  the  scientists  witnessed  the  reactor  as  it  became 
self-sustaining  on  December  2,  1942. 

Gary  Sheahan  "Birth  of  the  Atomic  Age"  Chicago  (Illinois);  1957.  Chicago  Historical 
Society,  ICHi-33305. 

Control-rod 
drive 

I  I 

I 
Circulating 
cooling  fluid 

Control 
rods 

Fuel  rods 

▲  Figure  21.19   Diagram  of  a  reactor 
core.  The  diagram  shows  fuel  elements,  control 
rods,  and  cooling  fluid.  A  moderator,  used  to  slow 
the  neutrons,  is  also  present. 

The  reactor  is  started  by  a  neutron-emitting  source;  it  is  stopped  by  insert- 
ing the  control  rods  more  deeply  into  the  reactor  core,  the  site  of  the  fission 

(Figure  21.19  A).  The  reactor  core  also  contains  a  moderator,  which  acts  to  slow 
down  neutrons  so  that  thev  can  be  captured  more  readily  by  the  fuel.  Graphite 
is  commonly  used  as  a  moderator.  A  cooling  liquid  circulates  through  the  reactor 

core  to  carry  off  the  heat  generated  bv  the  nuclear  fission.  In  some  reactor  de- 
signs, the  cooling  liquid  also  serves  as  the  neutron  moderator. 

The  design  of  a  nuclear  power  plant  is  basically  the  same  as  that  of  a  power 
plant  that  bums  fossil  fuel  (except  that  the  burner  is  replaced  by  a  reactor  core).  In 
both  instances  steam  is  used  to  drive  a  turbine  connected  to  an  electrical  generator. 

The  steam  must  be  condensed;  therefore,  additional  cooling  water,  generally  ob- 
tained from  a  large  source  such  as  a  river  or  lake,  is  needed.  The  nuclear  power 

plant  design  shown  in  Figure  21.20  ►  is  currently  the  most  popular.  The  primary 
coolant,  which  passes  through  the  core,  is  in  a  closed  system.  This  lessens  the 
chance  that  radioactive  products  could  escape  the  core.  Additionally,  the  reactor  is 
surrounded  by  a  reinforced  concrete  shell  to  shield  personnel  and  nearby  residents 
from  radiation  and  to  protect  the  reactor  from  external  forces.  The  primary  coolant 
is  very  hot  after  passing  through  the  reactor  core.  The  heat  content  of  the  coolant  is 

used  to  generate  high-pressure  steam  in  a  heat  exchanger. 
Fission  products  accumulate  as  the  reactor  operates.  These  products  de- 

crease the  efficiency  of  the  reactor  by  capturing  neutrons.  The  reactor  must  be 

stopped  periodically  so  that  the  nuclear  fuel  can  be  replaced  or  reprocessed. 
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(a)  (b) 

▲  Figure  21.20   The  basic  design  of  a  nuclear  power  plant,  (a)  Heat  produced  by  the  reactor  core  is 
carried  by  a  fluid  such  as  water  or  liquid  sodium  to  a  heat  exchanger  in  which  steam  is  generated.  The  heat 
exchange  liquid  moves  in  a  closed  loop.  The  steam  so  produced  is  used  to  drive  an  electrical  generator, 
(b)  A  nuclear  power  plant  in  Salem,  New  Jersey.  Notice  the  dome-shaped  concrete  containment  shell. 

When  the  fuel  rods  are  removed  from  the  reactor,  thev  are  initially  verv  ra- 
dioactive. It  was  originally  intended  that  they  be  stored  for  sev  eral  months  in 

pools  at  the  reactor  site  to  allow  decay  of  short-lived  radioactive  nuclei.  They 
were  then  to  be  transported  in  shielded  containers  to  reprocessing  plants  where 
the  fuel  would  be  separated  from  the  fission  products.  Reprocessing  plants 
have  been  plagued  with  operational  difficulties,  however,  and  there  is  intense 

opposition  to  the  transport  of  nuclear  wastes  on  the  nation's  highways.  Even  if 
the  transportation  difficulties  could  be  overcome,  the  high  level  of  radioactivity 
of  the  spent  fuel  makes  reprocessing  a  hazardous  operation.  At  present,  the 
spent  fuel  rods  are  simply  being  kept  in  storage  at  reactor  sites. 

Storage  poses  a  major  problem  because  the  fission  products  are  extremely 

radioactive.  It  is  estimated  that  20  half-lives  are  required  for  their  radioactivity 
to  reach  levels  acceptable  for  biological  exposure.  Based  on  the  28.8-yr  half-life 
of  strontium-^O,  one  of  the  longer-lived  and  most  dangerous  of  the  products, 
the  wastes  must  be  stored  for  600  yr.  Plutonium-239  is  one  of  the  by-products 
present  in  the  expended  fuel  rods.  It  is  formed  by  absorption  of  a  neutron  by 

uranium-238,  followed  by  two  successive  beta  emissions.  (Remember  that  most 

of  the  uranium  in  the  fuel  rods  is  2lSU.)  If  the  fuel  rods  are  processed,  the  2  l9Pu 
is  largely  recovered  because  it  can  be  used  as  a  nuclear  fuel.  However,  it  the 

plutonium  is  not  removed,  fuel  rod  storage  must  be  for  a  very  long  period  be- 
cause plutonium-239  has  a  half-life  of  24,000  yr. 

Wm  SAMPLE  EXERCISE  21.10  |  Writing  Nuclear  Equations 

Write  the  nuclear  equations  tor  the  formation  of     Pu  from  "WU. 
Solution 

Analyze:  We  are  asked  to  write  the  nuclear  equations  for  the  nuclear  reat  tions  lead- 
ing to  formation  of     Pu  from  -,SU. 

Plan:  We  know  from  the  previous  discussion  that  the  formation  of  "4Pu  from  ~"SU 
involves  absorption  of  a  neutron  by  U,  followed  by  two  successiv  e  bet,)  emissions. 
Solve:  Beta  emission  from  a  U  nuclide  increases  the  nuclear  charge  In  one.  I  hus,  il 
yields  a  Np  nuclide.  Beta  emission  from  an  Np  nuclide  in  turn  will  yield  a  Pu  nuclide. 



em  ist  i"v 

The  three  nuclear  reactions  are 

238i  [  i   1_   „  239i  i 
you  +  on       *  <J2\J  >  ?e  +  2$Np 

2SNP  ►  ?e  +  2SPu 

Comment:  We  can  check  our  equations  for  balance  in  both  charge  and  mass. 

H  PRACTICE  EXERCISE 

Write  the  balanced  nuclear  equation  for  formation  of  94P11  from  ̂ |Pu. 

Answer'^Pu  +  Jn   ►  2$Pu 

A  considerable  amount  of  research  is  being  devoted  to  disposal  of  radioac- 
tive wastes.  At  present,  the  most  attractive  possibilities  appear  to  be  formation 

of  glass,  ceramic,  or  synthetic  rock  from  the  wastes,  as  a  means  of  immobili/ing 

them.  These  solid  materials  would  then  be  placed  in  containers  of  high  corro- 
sion resistance  and  durability  and  buried  deep  underground.  The  United  States 

is  currently  investigating  Yucca  Mountain  in  Nevada  as  a  possible  disposal  site. 
Because  the  radioactivity  will  persist  for  a  long  time,  there  must  be  assurances 
that  the  solids  and  their  containers  will  not  crack  from  the  heat  generated  bv 

nuclear  decay,  allowing  radioactivity  to  find  its  way  into  underground  water 

supplies. 

21.8  I  Nuclear  Fusion 

Recall  from  Section  21.6  that  energy  is  produced  when  light  nuclei  are  fused 

into  heavier  ones.  Reactions  of  this  type  are  responsible  for  the  energy  pro- 
duced by  the  Sun.  Spectroscopic  studies  indicate  that  the  Sun  is  composed  of 

73%  H,  26%  He,  and  only  1%  of  all  other  elements,  by  mass.  Among  the  several 
fusion  processes  that  are  believed  to  occur  are  the  following: 

jH  +  jH   >  2H  +  Ve  [21.26] 

{H  +  jH   ►  ̂ He  [21.27] 

^He  +  IHe   >  iUe  +  2  |H  [21.28] 

]He  +  jH   >  ̂He  +  ?e  [21.29] 

Theories  have  been  proposed  for  the  generation  of  the  other  elements  through 
fusion  processes. 

Fusion  is  appealing  as  an  energy  source  because  of  the  availability  of  light 
isotopes  and  because  fusion  products  are  generally  not  radioactive.  Despite  this 

fact,  fusion  is  not  presently  used  to  generate  energv.  The  problem  is  that  high  en- 
ergies are  needed  to  overcome  the  repulsion  between  nuclei.  The  required  ener- 

gies are  achieved  by  high  temperatures.  Fusion  reactions  are  therefore  also 

known  as  thermonuclear  reactions.  The  lowest  temperature  required  for  any  fu- 
sion is  that  needed  to  fuse  deuterium  (jH)  and  tritium  (fH),  shown  in  Equation 

21.30.  This  reaction  requires  a  temperature  of  about  40,000,000  K: 

fH  +  \H   >  ̂He  +  ]n  [21.30] 

Such  high  temperatures  have  been  achieved  bv  using  an  atomic  bomb  to  initi- 
ate the  fusion  process.  This  is  done  in  the  thermonuclear,  or  hydrogen,  bomb, 

rhis  approach  is  unacceptable,  however,  for  controlled  power  generation. 
Numerous  problems  must  be  overcome  before  fusion  becomes  a  practical 

energy  source.  In  addition  to  the  high  temperatures  necessary  to  initiate  the 
reaction,  there  is  the  problem  of  confining  the  reaction.  No  known  structural 
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A  Figure  21.21    A  tokamak  fusion  test 
reactor.  A  tokamak  is  essentially  a  magnetic 
"bottle"  tor  confining  and  heating  nuclei  in  an 
effort  to  cause  them  to  fuse. 

material  is  able  to  withstand  the  enormous  temperatures  necessary  for  fusion. 
Research  has  centered  on  the  use  of  an  apparatus  colled  a  tokamak,  w  hich  uses 
strong  magnetic  fields  to  contain  and  to  heat  the  reaction  ( Figure  2 1 .2 1  ▲). 
Temperatures  of  nearly  3,000,000  K  have  been  achieved  in  a  tokamak,  but 
this  is  not  yet  hot  enough  to  initiate  continuous  fusion.  Much  research  has 
also  been  directed  to  the  use  of  powerful  lasers  to  generate  the  necessary 
temperatures. 

21.9  |  Biological  Effects  of  Radiation  

We  are  continually  bombarded  bv  radiation  from  both  natural  and  artificial 
sources.  We  are  exposed  to  infrared,  ultraviolet,  and  visible  radiation  from  the 
Sun,  for  example,  in  addition  to  radio  wax  es  from  radio  and  television  stations, 

microwaves  from  microwave  ovens,  and  X  ravs  from  various  medical  proce- 
dures. We  are  also  exposed  to  radioactivity  from  the  soil  and  other  natural  ma- 
terials. Understanding  the  different  energies  of  these  various  kinds  of  radiation 

is  necessary  to  understand  their  different  effects  on  matter. 

When  matter  absorbs  radiation,  the  energy  of  the  radiation  can  cause  either 
excitation  or  ionization  of  the  matter.  Excitation  occurs  when  the  absorbed  radi- 

ation excites  electrons  to  higher  energy  states  or  increases  the  motion  of  mole- 
cules, causing  them  to  move,  vibrate,  or  rotate.  Ionization  occurs  when  the 

radiation  removes  an  electron  from  an  atom  or  molecule.  In  general,  radiation 

that  causes  ionization,  called  ionizing  radiation,  is  far  more  harmful  to  biolog- 
ical systems  than  radiation  that  does  not  cause  ionization.  The  latter,  called 

nonionizing  radiation,  is  generally  of  lower  energy,  such  as  radiofrequency 

electromagnetic  radiation  (Section  6.2),  or  slow-moving  neutrons.  Most  living 

tissue  contains  at  least  70"..  water  bv  mass.  When  living  tissue  is  irradiated, 
most  of  the  energy  of  the  radiation  is  absorbed  by  water  molecules.  Thus,  it  is 
common  to  define  ionizing  radiation  as  radiation  that  can  ionize  water,  a 
process  requiring  a  minimum  energy  of  1216  kj/mol.  Alpha,  beta,  and  gamma 

rays  (as  well  as  X  ravs  and  higher-energy  ultraviolet  radiation)  possess  energies 
in  excess  of  this  quantity  and  are  therefore  forms  of  ionizing  radiation. 
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▲  Figure  21.22   The  relative  penetrating 
abilities  of  alpha,  beta,  and  gamma 
radiation. 

When  ionizing  radiation  passes  through  living  tissue,  electrons  are  re- 

moved from  water  molecules,  forming  highly  reactive  hhO"  ions.  An  H20"  ion 
can  react  with  another  water  molecule  to  form  an  H-sO'  ion  and  a  neutral  OH 
molecule: 

H2CT  +  H20   »  H304  +  OH  [21.31] 

The  unstable  and  highly  reactive  OH  molecule  is  a  free  radical,  a  substance 
with  one  or  more  unpaired  electrons,  as  seen  in  the  Lewis  structure  for  this 

molecule  shown  here,  -O —  H.  The  presence'of  the  unpaired  electron  is  often 
emphasized  by  writing  the  species  with  a  single  dot,  -OH.  In  cells  and  tissues 
such  particles  can  attack  a  host  of  surrounding  biomolecules  to  produce  new 
free  radicals,  which,  in  turn,  attack  yet  other  compounds.  Thus,  the  formation 
of  a  single  free  radical  can  initiate  a  large  number  of  chemical  reactions  that  are 
ultimately  able  to  disrupt  the  normal  operations  of  cells. 

The  damage  produced  by  radiation  depends  on  the  activity  and  energy  of 

the  radiation,  the  length  of  exposure,  and  whether  the  source  is  inside  or  out- 
side the  body.  Gamma  rays  are  particularly  harmful  outside  the  body  because 

they  penetrate  human  tissue  very  effectively,  just  as  X  rays  do.  Consequently, 
their  damage  is  not  limited  to  the  skin.  In  contrast,  most  alpha  rays  are  stopped 

by  skin,  and  beta  rays  are  able  to  penetrate  only  about  1  cm  beyond  the  surface 
of  the  skin  (Figure  21.22  <).  Neither  is  as  dangerous  as  gamma  rays,  therefore, 
unless  the  radiation  source  somehow  enters  the  bodv.  Within  the  bodv,  alpha 

rays  are  particularly  dangerous  because  they  transfer  their  energy  efficiently  to 
the  surrounding  tissue,  initiating  considerable  damage. 

In  general,  the  tissues  that  show  the  greatest  damage  from  radiation  are 

those  that  reproduce  rapidly,  such  as  bone  marrow,  blood-forming  tissues,  and 

lymph  nodes.  The  principal  effect  of  extended  exposure  to  low  doses  of  radia- 
tion is  to  cause  cancer.  Cancer  is  caused  by  damage  to  the  growth-regulation 

mechanism  of  cells,  inducing  cells  to  reproduce  in  an  uncontrolled  manner. 
Leukemia,  which  is  characterized  by  excessive  growth  of  white  blood  cells,  is 

probably  the  major  type  of  cancer  caused  by  radiation. 
In  light  of  the  biological  effects  of  radiation,  it  is  important  to  determine 

whether  any  levels  of  exposure  are  safe.  Unfortunately,  we  are  hampered  in  our 

attempts  to  set  realistic  standards  because  we  don't  fully  understand  the  effects 
of  long-term  exposure  to  radiation.  Scientists  concerned  with  setting  health 
standards  have  used  the  hypothesis  that  the  effects  of  radiation  are  proportion- 

al to  exposure,  even  down  to  low  doses.  Any  amount  of  radiation  is  assumed  to 

cause  some  finite  risk  of  injury,  and  the  effects  of  high  dosage  rates  are  extrapo- 
lated to  those  of  lower  ones.  Other  scientists  believe,  however,  that  there  is  a 

threshold  below  which  there  are  no  radiation  risks.  Until  scientific  evidence  en- 
ables us  to  settle  the  matter  with  some  confidence,  it  is  safer  to  assume  that 

even  low  levels  of  radiation  present  some  danger. 

Radiation  Doses 

Two  units  commonly  used  to  measure  the  amount  of  exposure  to  radiation  are 

the  gray  and  the  rad.  The  gray  (Gy),  which  is  the  SI  unit  of  absorbed  dose,  corre- 
sponds to  the  absorption  of  1  J  of  energy  per  kilogram  of  tissue.  The  rad 

(radiation  <?bsorbed  dose)  corresponds  to  the  absorption  of  1  X  10~~  J  of  energy 
per  kilogram  of  tissue.  Thus,  1  Gy  =  100  rads.  The  rad  is  the  unit  most  often 
used  in  medicine. 

Not  all  forms  of  radiation  harm  biological  materials  with  the  same  efficien- 
cy. A  rad  of  alpha  radiation,  for  example,  can  produce  more  damage  than  a  rad 

of  beta  radiation.  To  correct  for  these  differences,  the  radiation  dose  is  multi- 

plied by  a  factor  that  measures  the  relative  biological  damage  caused  by  the  ra- 
diation. This  multiplication  factor  is  known  as  the  relative  biological  effectiveness 

of  the  radiation,  abbreviated  RBE.  The  RBE  is  approximately  1  for  gamma  and 
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beta  radiation,  and  10  for  alpha  radiation.  The  exact  value  of  the  RBE  varies 

with  dose  rate,  total  dose,  and  the  type  of  tissue  affected.  The  product  of  the  ra- 
diation dose  in  rads  and  the  RBE  of  the  radiation  gives  the  effective  dosage  in 

units  of  rem  (roentgen  equivalent  for  man): 

Number  of  rems  =  (number  of  rads) (RBE)  [21.32] 

The  SI  unit  for  effective  dosage  is  the  sievert  (Sv),  obtained  by  multiplying  the 

RBE  times  the  SI  unit  for  radiation  dose,  the  gray;  hence,  1  Sv  =  100  rem.  I  he 
rem  is  the  unit  of  radiation  damage  that  is  usually  used  in  medicine. 

The  effects  of  short-term  exposures  to  radiation  appear  in  Table  21.7  ►.  An 
exposure  of  600  rem  is  fatal  to  most  humans.  To  put  this  number  in  perspective,  a 
typical  dental  X  ray  entails  an  exposure  of  about  0.5  mrem.  The  average  exposure 
for  a  person  in  1  year  due  to  all  natural  sources  of  ionizing  radiation  (called 
background  radiation)  is  about  360  mrem. 

Radon 

The  radioactive  noble  gas  radon  has  been  much  publicized  in  recent  years  as  a 

potential  risk  to  health.  Radon-222  is  a  product  of  the  nuclear  disintegration  se- 
ries of  uranium-238  (Figure  21.4)  and  is  continually  generated  as  uranium  in 

rocks  and  soil  decays.  As  Figure  21.23  ▼  indicates,  radon  exposure  is  estimated 

to  account  for  more  than  half  the  360-mrem  average  annual  exposure  to  ioniz- 
ing radiation. 
The  interplay  between  the  chemical  and  nuclear  properties  of  radon  makes 

it  a  health  hazard.  Because  radon  is  a  noble  gas,  it  is  extremely  unreactive  and  is 
therefore  free  to  escape  from  the  ground  without  chemically  reacting  along  the 

way.  It  is  readily  inhaled  and  exhaled  with  no  direct  chemical  effects.  The  half- 

life  of  ~~2Rn,  however,  is  only  3.S2  days.  It  decays  by  losing  an  alpha  particle 
into  a  radioisotope  of  polonium: 

2llRn  -  -»  2^Po  +  ̂He [21.33] 

Because  radon  has  such  a  short  half-life  and  alpha  particles  hav  e  a  high  RBE, 
inhaled  radon  is  considered  a  probable  cause  of  lung  cancer.  Even  worse,  how  - 

ever, is  the  decay  product,  polonium-218,  which  is  an  alpha-emitting  chemical- 
ly active  element  that  has  an  even  shorter  half-life  (3.1 1  min)  than  radon-222: 

TABLE  21.7  Effects  of  Short-Term 

Exposures  to  Radiation 

Dose  (rem) 0-25 

25-50 

100-21)1) 

500 

Effect 

No  detectable 
clinical  effects 

Slight,  temporary 
decrease  in  white 
blood  cell  counts 

Nausea;  marked 

decrease  in  white 

blood  cells 
Death  of  half 
the  exposed 

population  within 
30  days  after 

exposure 

2J?Po 
[21.34] 
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A  Figure  21.23   Sources  of  the  average 
annual  exposure  of  the  U.S.  population  to 
high-energy  radiation.  The  total  average 
annual  exposure  is  360  mrem.  (Data  from 
"Ionizing  Radiation  Exposure  of  the  Population  of 
the  United  States,"  Report  93,  1987,  National Council  on  Radiation  Protection.) 

Source 
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CHEMISTRY  AND  LIFE  |  Radiation  Therapy 

High-energy  radiation  poses  a  health  hazard  because  of  the 
damage  it  does  to  cells.  Healthy  cells  are  either  destroyed 

or  damaged  bv  radiation,  leading  to  physiological  disorders. 
Radiation  can  also  destroy  unhealthy  cells,  however,  including 
cancerous  cells.  All  cancers  are  characterized  bv  the  runaway 

growth  of  abnormal  cells.  This  growth  can  produce  masses  oi 
abnormal  tissue,  called  malignant  tumors.  Malignant  tumors 

can  be  caused  by  the  exposure  of  healthy  cells  to  high-energy 
radiation.  Somewhat  paradoxically,  however,  malignant  tu- 

mors can  be  destroyed  by  exposing  them  to  the  same  radiation 

because  rapidly  reproducing  cells  are  very  susceptible  to  radia- 
tion damage.  Thus,  cancerous  cells  are  more  susceptible  to  de- 

struction by  radiation  than  healthy  ones,  allowing  radiation  to 
be  used  effectively  in  the  treatment  of  cancer.  As  early  as  1904, 

physicians  attempted  to  use  the  radiation  emitted  bv  radioac- 
tive substances  to  treat  tumors  by  destroying  the  mass  of  un- 

healthy tissue.  The  treatment  of  disease  by  high-energy 
radiation  is  called  radiation  therapy. 

Many  different  radionuclides  are  currently  used  in  radia- 
tion therapy.  Some  of  the  more  commonly  used  ones  are  listed  in 

Table  21.8  V  ,  along  with  their  half-lives.  Most  of  the  half-lives 
are  quite  short,  meaning  that  these  radioisotopes  emit  a  great 
deal  of  radiation  in  a  short  period  of  time  (Figure  21.24  ►  ). 

The  radiation  source  used  in  radiation  therapy  may  be  in- 
side or  outside  the  body.  In  almost  all  cases  radiation  therapy  is 

designed  to  use  the  high-energy  gamma  radiation  emitted  by  ra- 
dioisotopes. Alpha  and  beta  radiation,  which  are  not  as  pene- 

trating as  gamma  radiation,  can  be  blocked  by  appropriate 

packaging.  For  example,  Ir  is  often  administered  as  "seeds" 
consisting  of  a  core  of  radioactive  isotope  coated  with  t).  1  mm  of 
platinum  metal.  The  platinum  coating  stops  the  alpha  and  beta 
rays,  but  the  gamma  rays  penetrate  it  readily-  The  radioactive 
seeds  can  be  surgically  implanted  in  a  tumor.  In  other  cases 
human  physiology  allows  the  radioisotope  to  be  ingested.  For 
example,  most  of  the  iodine  in  the  human  body  ends  up  in  the 

thyroid  gland  (see  the  "Chemistry  and  Life"  box  in  Section  21.6), 

TABLE  21.8    Some  Radioisotopes  Used  in  Radiation  Therapy 

Isotope Half-life 
Isotope 

Half-life 

14.3  days 

l37Cs 

30  yr 
"'Co 

3.2(i  yr 

'c,2Ir 

74.2  days 
90Sr 

28.8  yr 

198Au 

2.7  days 

L25, 

60.25  days 

222Rn 

3.82  days 
131, 

S.04  days 

22bRa 

1600  yr 

so  thyroid  cancer  can  be  treated  by  using  large  doses  of 131 1.  Ra- 
diation therapy  on  deep  organs,  where  a  surgical  implant  is  im- 

practical, often  uses  a  60Co  "gun"  outside  the  body  to  shoot  a 
beam  of  gamma  rays  at  the  tumor  (see  the  chapter-opening  pho- 

tograph.) Particle  accelerators  are  also  used  as  an  external  source 
of  high-energy  radiation  for  radiation  therapy. 

Because  gamma  radiation  is  si)  strongly  penetrating,  it  is 

nearly  impossible  to  avoid  damaging  healthy  cells  during  radi- 
ation therapy.  Most  cancer  patients  undergoing  radiation  treat- 
ments experience  unpleasant  and  dangerous  side  effects  such 

as  fatigue,  nausea,  hair  loss,  a  weakened  immune  system,  and 
even  death.  In  many  cases,  therefore,  radiation  therapy  is  used 
only  if  other  cancer  treatments,  such  as  chemotherapy  (the  treat- 

ment of  cancer  with  powerful  drugs),  are  unsuccessful.  Never- 
theless, radiation  therapy  is  one  of  the  major  weapons  we  have 

in  the  fight  against  cancer. 

▲  Figure  21.24  Storage  of  radioactive  cesium.  The  vials 
contain  a  salt  of  cesium-137,  a  beta  emitter,  which  is  used  in 
radiation  therapy.  The  blue  glow  is  from  the  radioactivity  of  the 
cesium. 

The  atoms  of  polonium-218  can  become  trapped  in  the  lungs,  where  they  con- 
tinually bathe  the  delicate  tissue  with  harmful  alpha  radiation.  The  resulting 

damage  is  estimated  to  result  in  as  many  as  10  to  14%  of  all  lung  cancer  deaths 
in  the  United  States. 



21.9     |     Biological  Effects  of  Radiation  929 

The  U.S.  Environmental  Protection  Agency  (EPA)  has  recommended  that 

radon-222  levels  not  exceed  4  pCi  per  liter  of  air  in  homes.  Homes  located  in 
areas  where  the  natural  uranium  content  of  the  soil  is  high  often  have  levels 

much  greater  than  that.  As  a  result  of  public  awareness,  radon-testing  kits  are 
readily  av  ailable  in  many  parts  ot  the  country  (Figure  21.25  ►  ). 

Wm  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

Potassium  inn  is  present  in  foods  and  is  an  essential  nutrient  in  the  human 
body.  One  of  the  naturally  occurring  isotopes  ot  potassium,  potassium— 10,  is 
radioactiv  e.  Potassium-40  has  ,i  natural  abundance  of  11.01  17"..  and  a  ha  1 1-1  it e 

of  /,  2  =  1.28  X  1()1'  yr.  It  undergoes  radioactive  decay  in  throe  ways:  98. 2%  is 
by  electron  capture,  L .35%  is  by  beta  emission,  and  0.49%  is  by  positron  emission 

(a)  Why  should  we  expect  4"K  to  be  radioactive?  (b)  Write  the  nuclear  equations  for 
the  three  modes  by  which  40K  decays,  (c)  I  low  many  4nK  ions  are  present  in  1 .00  g  of 
KC1?  (d)  How  long  does  it  take  for  1.(10".,  of  the  K  in  a  sample  to  undergo 
radioactive  decay? 

Solution  (a)  The  tnk  nucleus  contains  I1-)  protons  and  21  neutrons.  There  are  ver\ 
few  stable  nuclei  with  odd  numbers  of  both  protons  and  neutrons. 

(b)  Electron  capture  is  capture  of  an  inner-shell  electron  (  je)  by  the  nucleus: 

ftK  +  ?e 

IgAr 

Beta  emission  is  loss  of  a  beta  particle  (  \e)  by  the  nucleus: 

mix        *  2111-'1  +  -  it- 

Positron  emission  is  loss  of  Ve  bv  the  nucleus: 

!K 

Ar 

(c)  The  total  number  ot  k    ions  in  the  sample  is 

1  mol  KCI  \/  1  mol  K    \( 6.022  •  1023  K ( 1.00  g  KCI) 
74.55  g  KCI /\  1  mol  KCI 

Of  these,  0.0117%  are  40KH  ions: 

/  0.0117  40K  +  ions 

A     100  K"  ions 

I  mol  K 

(8.08  X  LO21  K  ions 

CU5 8.08  X  10-'  K'  ions 

K  ions 

(d)  The  decay  constant  (the  rate  constant)  for  the  radioactiv  e  decay  can  be  calcu- 
lated from  the  half-life,  using  Equation  21.20: 

0.693 0.693 
(5.41   ■   10  m)/yr 

fi  :        1.28  •   10  vr 

The  rate  equation,  Equation  21.19,  then  allows  lis  to  calculate  the  time  required: 

In .V 

■V, 
=  -kt 

0 

99 
n 

100 

-0.01005 

((5.41  ■  10  10)/yr)/ 

■((5.41  y  10  l0)/yr)/ 
-0.01005 =  1.86 

yr 

(-5.41  X  10  m)/yr 

That  is,  it  would  take  18. h  million  years  for  just  1 .00%  of  the  4(,K  in  a  sample  to  decay. 

A  Figure  21.25   Radon  home-testing  kit. 
Kits  such  as  this  are  available  for  measuring 
radon  levels  in  the  home. 
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VIARY  AND  KEY  TERMS U  IV 

Introduction  and  Section  21.1  The  nucleus  contains 

protons  and  neutrons,  both  of  which  are  called  nucleons. 
Nuclei  that  are  radioactive  spontaneously  emit  radiation. 
These  radioactive  nuclei  are  called  radionuclides,  and  the 

atoms  containing  them  are  called  radioisotopes.  When  a 

radionuclide  decomposes,  it  is  said  to  undergo  radioactive 
decay-  In  nuclear  equations,  reactant  and  product  nuclei 
are  represented  by  giving  their  mass  numbers  and  atomic 
numbers,  as  well  as  their  chemical  symbol.  The  totals  of 
the  mass  numbers  on  both  sides  of  the  equation  are  equal; 
the  totals  of  the  atomic  numbers  on  both  sides  are  also 

equal.  There  are  five  common  kinds  of  radioactive  decay: 
emission  of  alpha  (a)  particles  (^He),  emission  of  beta  (fi) 

particles  (Ye),  positron  emission,  electron  capture,  and 
emission  of  gamma  (y)  radiation  (|!y). 

Section  21. 2  The  neutron-to-proton  ratio  is  an  impor- 
tant factor  determining  nuclear  stability  By  comparing  a 

nuclide's  neutron-to-proton  ratio  with  those  in  the  band 
of  stability  we  can  predict  the  mode  of  radioactive  decay. 

In  general,  neutron-rich  nuclei  tend  to  emit  beta  particles; 
proton-rich  nuclei  tend  to  either  emit  positrons  or  under- 

go electron  capture;  and  heavy  nuclei  tend  to  emit  alpha 
particles.  The  presence  of  magic  numbers  of  nucleons 
and  an  even  number  of  protons  and  neutrons  also  help 

determine  the  stability  of  a  nucleus.  A  nuclide  may  un- 
dergo a  series  of  decay  steps  before  a  stable  nuclide 

forms.  This  series  of  steps  is  called  a  radioactive  series,  or 
a  nuclear  disintegration  series. 

Section  21.3  Nuclear  transmutations,  induced  conver- 
sions of  one  nucleus  into  another,  can  be  brought  about 

by  bombarding  nuclei  with  either  charged  particles  or 
neutrons.  Particle  accelerators  increase  the  kinetic  ener- 

gies of  positively  charged  particles,  allowing  these  parti- 
cles to  overcome  their  electrostatic  repulsion  by  the 

nucleus.  Nuclear  transmutations  are  used  to  produce  the 
transuranium  elements,  those  elements  with  atomic 

numbers  greater  than  that  of  uranium. 

Sections  21.4  and  21.5  The  SI  unit  for  the  activity  of  a 

radioactive  source  is  the  becquerel  (Bq),  defined  as  one 
nuclear  disintegration  per  second.  A  related  unit,  the 

curie  (Ci),  corresponds  to  3.7  x  1010  disintegrations  per 
second.  Nuclear  decay  is  a  first-order  process.  The  decay 
rate  (activity)  is  therefore  proportional  to  the  number  of 
radioactive  nuclei,  and  radionuclides  have  constant  half- 

lives.  Some  can  therefore  be  used  to  date  objects;  ,4C,  for 
example,  is  used  to  date  certain  organic  objects. 

Geiger  counters  and  scintillation  counters  count  the 
emissions  from  radioactive  samples.  The  ease  of  detection 
of  radioisotopes  also  permits  their  use  as  radiotracers,  to 
follow  elements  through  their  reactions. 

Section  21.6  The  energy  produced  in  nuclear  reactions 

is  accompanied  by  measurable  losses  of  mass  in  accor- 

dance with  Einstein's  relationship,  A£  =  c2  Am.  The  dif- 
ference in  mass  between  nuclei  and  the  nucleons  of 

which  they  are  composed  is  known  as  the  mass  defect. 
The  mass  defect  of  a  nuclide  makes  it  possible  to  calculate 

its  nuclear  binding  energy,  the  energy  required  to  sepa- 
rate the  nucleus  into  indiv  idual  nucleons.  Energy  is  pro- 

duced when  heavy  nuclei  split  (fission)  and  when  light 
nuclei  fuse  (fusion). 

Sections  21.7  and  21.8  Uranium-235,  uranium-233, 

and  plutonium-23y  undergo  fission  when  they  capture  a 
neutron.  The  resulting  nuclear  reaction  is  a  nuclear 

chain  reaction,  a  reaction  in  which  the  neutrons  pro- 
duced in  one  fission  cause  further  fission  reactions.  A  re- 
action that  maintains  a  constant  rate  is  said  to  be  critical, 

and  the  mass  necessary  to  maintain  this  constant  rate  is 
called  a  critical  mass.  A  mass  in  excess  of  the  critical 

mass  is  termed  a  supercritical  mass.  In  nuclear  reactors 

the  fission  is  controlled  to  generate  a  constant  power. 
The  reactor  core  consists  of  fissionable  fuel,  control  rods, 

a  moderator,  and  cooling  fluid.  The  nuclear  power  plant 

resembles  a  conventional  power  plant  except  that  the  re- 
actor core  replaces  the  fuel  burner.  There  is  concern 

about  the  disposal  of  highly  radioactive  nuclear  wastes 
that  are  generated  in  nuclear  power  plants. 

Nuclear  fusion  requires  high  temperatures  because 
nuclei  must  have  large  kinetic  energies  to  overcome 
their  mutual  repulsions.  They  are  therefore  called 

thermonuclear  reactions.  It  is  not  yet  possible  to  gener- 
ate a  controlled  fusion  process. 

Section  21.9  Ionizing  radiation  is  energetic  enough  to 
remove  an  electron  from  a  water  molecule;  radiation  with 

less  energy  is  called  nonionizing  radiation.  Ionizing  ra- 
diation generates  free  radicals,  reactive  substances  with 

one  or  more  unpaired  electrons.  The  effects  of  long-term 
exposure  to  low  levels  of  radiation  are  not  completely  un- 

derstood, but  it  is  usually  assumed  that  the  extent  of  bio- 
logical damage  varies  in  direct  proportion  to  the  level  of 

exposure. 
The  amount  of  energy  deposited  in  biological  tissue 

by  radiation  is  called  the  radiation  dose  and  is  measured 
in  units  of  grays  or  rads.  One  gray  (Gy)  corresponds  to  a 

dose  of  1  J/kg  of  tissue.  The  rad  is  a  smaller  unit; 
100  rads  =  1  Gy.  The  effective  dose,  which  measures  the 
biological  damage  created  by  the  deposited  energy,  is 

measured  in  units  of  rems  or  sieverts  (Sv).  The  rem  is  ob- 
tained by  multiplying  the  number  of  rads  by  the  relative 

biological  effectiv  eness  (RBE);  100  rem  =  1  Sv. 



VISUALIZING  CONCEPTS 

21.1  Indicate  whether  each  of  the  following  nuclides  lies 

within  the  belt  of  stability  in  Figure  21.2:  (a)  neon-24, 
(b)  chlorine-32,  (c)  tin- 1  OS,  (d)  polonium-216.  For  any 
that  do  not,  describe  a  nuclear  decay  process  that  w  ould 
alter  the  neutron-to-proton  ratio  in  the  directum  ot  in- 

creased stability.  [Section  2I.2| 
21.2  Write  the  balanced  nuclear  equation  for  the  reaction  rep- 

resented by  the  diagram  show  n  here.  [Section  21.2] 

64  |  1 

1/5 

43  46  47  4cS 

Number  ot  protons 

21.3  Draw  a  diagram  similar  to  that  shown  in  Exerc  ise  2 1 .2  that 

illustrates  the  nuclear  reaction  ~s'Bi   »  4 1 1 t  jj]Tl. 
[Se<  Hon  21.2] 

21.4  The  graph  shown  below  illustrates  the  decay  of  42M0, 
which  decays  via  positron  emission,  (a)  What  is  the  halt- 
life  of  the  decay?  (b)  What  is  the  rate  constant  for  the 

decay?  (c)  What  fraction  of  the  original  sample  of  43 Mo 
remains  after  12  minutes?  (d)  What  is  the  product  of  the 
decay  process?  [Section  21.4| 
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(12        4h        8        ID       12       14  16 
1  ime  (minutes) 

21.5  A  "i'i'Ku  atom  has  a  mass  of  MM»()422  amu.  (a)  Whv  is  the 
mass  of  this  nuclide  not  much  closer  to  100?  (b)  Explain 
the  observed  mass  using  Figure  21.13.  (c)  Calculate  the 
binding  energy  per  nucleoli  for  44RU.  [Section  21.6] 

21.6  The  diagram  shown  below  illustrates  a  fission  process. 

(a)  What  is  the  second  nuclear  product  ot  the  fission1 
(b)  Use  Figure  21.2  to  predict  whether  the  nuclear  prod- 

ucts of  this  fission  reaction  are  stable.  [Section  21.7] 

EXERCISES 

Radioactivity 

21.7  Indicate  the  number  of  protons  and  neutrons  in  the  fol- 

lowing nuclei:  (a)  2"Mn,  (b)  201 I  Ig,  (c)  potassium-39. 
21.8  Indicate  the  number  of  protons  and  neutrons  in  the  fol- 

lowing nuclei:  (a)  %Cs,  (b)  mSn,  (c)  barium-141. 
21.9  Give  the  symbol  for  (a)  a  proton,  (b)  a  positron,  (c)  a  beta 

particle. 
21.10  Give  the  symbol  for  (a)  a  neutron,  (b)  an  electron,  (c)  an 

alpha  particle. 
21.11  Write  balanced  nuclear  equations  tor  the  following 

processes:  (a)  bismuth-214  undergoes  beta  decay;  (b)  gold- 
195  undergoes  electron  capture;  (c)  potassium-38  under- 

goes positron  emission;  (d)  plutonium-242  emits  alpha 
radiation. 

21.12  Write  balanced  nuclear  equations  for  the  following 

transformations:  (a)  neodymium-141  undergoes  elec- 
tron capture;  (b)  gold-201  decays  to  a  mercury  isotope; 

(c)  selenium-81  undergoes  beta  decay;  (d)  strontium-83 
decays  by  positron  emission 

21.13  Decay  of  which  nucleus  w  ill  le.nl  to  the  following  prod- 
ucts: (a)  bismuth-21 1  by  beta  decay;  (b)  chromium-50  by 

positron  emission;  (c)  tantalum-179  by  electron  capture; 
(d)  radium-226  by  alpha  decay? 

21.14  What  particle  is  produced  during  the  following  decay 
proc  esses:  (a)  Sodium-24  decays  to  magncsium-24; 
(b)  mercury-188  decays  to  gold-188;  (c)  iodine-122  decays 
to  xenon- 1 22;  (d)  plutonium-242  decays  to  uranium-238? 

21.15  The  naturally  occurring  radioactive  de<  ay  series  that  he- 
gins  with  stops  with  formation  of  the  stable  "Isil'b 
nucleus.  The  decays  proceed  through  a  series  ot  alpha- 
particle  and  beta-particle  emissions  I  low  main  ot  ea<  h 

type  of  emission  are  involved  in  this  series1 
21.16  A  radioactive  decay  series  that  begins  w  ith  ijoTh  ends 

with  formation  of  the  stable  nuclide  [j^Pb.  How  many 

alpha-particle  emissions  and  how  many  beta-particle 
emissions  are  involved  in  the  sequence  of  radioactive dec  ays? 
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Nuclear  Stability 

21.17  Predict  the  type  of  radioactive  decay  process  for  the  fol- 

lowing radionuclides:  (a)  5B,  (b)  '^Cu,  (c)  neptunium- 
241,  (d)  chlorine-39. 

21.18  Each  of  the  following  nuclei  undergoes  either  beta  or 
positron  emission.  Predict  the  type  of  emission  for  ea(  h: 

(a)  ̂ Ge,  (b)  '^Rh,  (c)  iodine- 137,  (d)  cerium- 1 33. 
21.19  One  of  the  nuclides  in  each  of  the  following  pairs  is  ra- 

dioactive. Predict  w  hich  is  radioactive  and  which  is  stable: 

(a)  jqK  and  j[\K,  (b)  209Bi  and  208Bi,  (0  magnesium-25  and 
neon-24.  Explain. 

21.20  In  each  of  the  following  pairs,  which  nuclide  would 
you  expect  to  be  the  more  abundant  in  nature: 

(a)  ']|Cd  or  'isCd,  (b)  $A1  or  f3Al,  (c)  palladium- 106 

or  palladium  - 1 13,  (d)  xenon- 128  or  cesium- 128 7  [ustifv 

your  choices. 21.21  Which  ot  the  following  nuclides  hav  e  magic  numbers  of 
both  protons  and  neutrons:  (a)  helium-4,  (b)  carbon-12, 
(c)  caIcium-40,  (d)  ni<  kel-^s,  (e)  lead-208? 

21.22  rin-112  is  a  stable  nuclide,  but  indium-112  is  radioac- 

tive, with  a  half-life  of  only  14  min.  How  can  we  explain 
this  difference  in  nuclear  stability? 

21.23  Which  of  the  following  nuclides  of  group  6A  elements 
would  you  expect  to  be  radioactive:    hO,  ̂ S,  ̂ Se, 

52Te,  or  gijPo?  Justify  your  choices. 
21.24  Which  ol  the  following  nuclides  would  you  expect  to  be 

radioactive:  '^Ni,  2®Cu,  ".frAg/  tungsten-184,  polonium- 
206?  lustify  your  choices. 

Nuclear  Transmutations 

21.25  Why  are  nuclear  transmutations  involving  neutrons 
generally  easier  to  accomplish  than  those  involving  pro- 

tons or  alpha  particles? 
21.26  Rutherford  w  as  able  to  carry  out  the  first  nuclear  trans- 

mutation reactions  by  bombarding  nitrogen- 14  nuclei 
with  alpha  particles.  In  the  famous  experiment  on  scatter- 

ing of  alpha  particles  by  gold  foil  (Section  2.2),  however,  a 
nuclear  transmutation  reaction  did  not  occur.  What  is  the 

difference  between  the  two  experiments?  What  would 

one  need  to  do  to  carry  out  a  successful  nuclear  transmu- 
tation reaction  involving  gold  nuclei  and  alpha  particles? 

21.27  Complete  and  balance  the  following  nuclear  equations 
by  supplying  the  missing  particle: 
(a)  US F 3  +  ? 

(bl^Be  +   °e  (orbital  electron) 

I'' 

(c)  7   >  l%Os 

(d)  ; "Alo  I-  ]H  - 
(e)  2cpU  +  in   ►  l||Xe  +  2§n  +  ? 

21.28  Complete  and  balance  the  following  nuclear  equations 
be  supplying  the  missing  particle: 

(a)  2i%a  -  lc5 (bljll  f  ̂He 

(c)  [H  +  1 
(d)  '^l  - 
(e)  j&Fe 

—  3  (',n 

-  \He  + 

 ►  3? 

-  'gXe  +  ? 

—  _?e  +  ? 

21.29  Write  balanced  equations  for  each  of  the  following  nu- 
clear reactions:  (a)2^U(n,  y)^U,  (b)  '^N(p,  a)^C, 

(c)  'gO(n, /3)19,F. 
21.30  Write  balanced  equations  for  (a)2^U(a,  n):i]Pu, 

(b)  ljN(a,  p)^0,  (c)  ̂ Fe(a,  p)§Cu. 

Rates  of  Radioactive  Decay 

21.31  Harmful  chemicals  are  often  destroyed  by  chemical 
treatment.  An  acid,  for  example,  can  be  neutralized  by 

a  base.  Why  can't  chemical  treatment  be  used  to  de- 
stroy the  radioactive  products  produced  in  a  nuclear 

reactor? 

21.32  It  has  been  suggested  that  strontium-L)0  (generated  by 
nuclear  testing)  deposited  in  the  hot  desert  will  undergo 

radioactive  decay  more  rapidly  because  it  will  be  ex- 
posed to  much  higher  average  temperatures.  Is  this  a 

reasonable  suggestion? 

21.33  The  half-life  of  tritium  (hvdrogen-3)  is  12.3  yr.  If  48.0  mg 
of  tritium  is  released  from  a  nuclear  power  plant  during 
the  course  of  an  accident,  what  mass  of  this  nuclide  will 

remain  after  12.3  yr?  After  4M.2  yr? 

21.34  It  takes  3.2  minutes  for  a  l  .000-g  sample  of  210Fr  to  decay 
to  0.230  g.  What  is  the  half-life  of  :mFr? 

21.35  How  much  time  is  required  for  a  5.75-mg  sample  of  'Cr 
to  decay  to  1 .30  mg  if  it  has  a  half-life  of  27.8  days? 

2 1  ..3ft  Cobalt-60  has  a  half-life  of  5.26  yr.  The  cobalt-60  in  a  ra- 
diotherapy unit  must  be  replaced  when  its  radioactivity 

falls  to  75%  ol  the  original  sample.  If  the  original  sample 

was  purchased  in  August  2005,  when  will  it  be  neces- 
sarv  to  replace  the  cobalt-60? 

[21.371  Radium-226,  which  undergoes  alpha  decay  has  a  half- 
life  of  1600  vr.  (a)  How  many  alpha  particles  are  emitted 

in  1.0  min  by  a  5.0-mg  sample  of  226Ra?  (b)  What  is  the 
activity  of  the  sample  in  mCi? 

[21.381  Cobalt-60,  which  undergoes  beta  decay  has  a  half-life  of 
3.26  yr.  (a)  How  many  beta  particles  are  emitted  in  45.5  s 

by  a  2.44-mg  sample  of  60Co?  (b)  What  is  the  activity  of the  sample  in  Bq? 

21.39  A  wooden  artifact  from  a  Chinese  temple  has  a  C  ac- 
tivity of  24.9  counts  per  minute  as  compared  with  an  ac- 
tivity of  32.5  counts  per  minute  for  a  standard  of  zero 

age.  From  the  half-life  for  l4C  decay  5715  yr,  determine 
the  age  of  the  artifact. 

21.40  The  cloth  shroud  from  around  a  mummy  is  found  to 

have  a  l4C  activity  of  8.9  disintegrations  per  minute  per 
gram  of  carbon  as  compared  with  living  organisms  that 
undergo  15.2  disintegrations  per  minute  per  gram  of 

carbon.  From  the  half-life  for  14C  decay,  5715  yr,  calcu- 
late the  age  of  the  shroud. 

21.41  The    half-life    for    the    process    2-sU   ►  20hPb  is 
4.5  x  104  yr.  A  mineral  sample  contains  50.0  mg  of  U 
and  14.0  mg  of  20l1Pb.  What  is  the  age  of  the  mineral? 

21.42  Potassium-40  decays  to  argon-40  with  a  half-life  of 
1.27  x  109yr.  What  is  the  age  of  a  rock  in  which  the 
mass  ratio  of  4l,Ar  to  4l,K  is  3.6? 
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Energy  Changes 

21.43  The  combustion  of  one  mole  of  graphite  releases  393.5  kj 
of  energy.  What  is  the  mass  change  that  accompanies  the 
loss  of  this  energy? 

21.44  An  analytical  laboratory  balance  typically  measures 
mass  to  the  nearest  0.1  mg.  What  energy  change  would 

accompany  the  loss  of  0.1  mg  in  mass1 
21.45  How  much  energy  must  be  supplied  to  break  a  single 

sodium-23  nucleus  into  separated  protons  and  neutrons 
if  the  nucleus  has  a  mass  of  22.983733  amu?  1  low  much 

energy  is  required  per  mole  ot  this  nucleus? 
21.46  How  much  energy  must  be  supplied  to  break  a  single 

~'Ne  nucleus  into  separated  protons  and  neutrons  if  the 
nucleus  has  a  mass  of  20.9884b  amu?  What  is  the  nuclear 

binding  energy  for  I  mol  ot  Ne? 

21.47  Calculate  the  binding  energy  per  nucleoli  for  the  follow- 

ing nuclei:  (a)  ',~C  (nuclear  mass,  1 1.996708  amu);  <b)  CI 
(nuclear  mass,  36.956576  amu);  (c)  barium- 1 37  (atomic 
mass,  136.905812  amu). 

21.48  Calculate  the  binding  energy  per  nucleon  for  the  follow- 

ing nuclei:  (a)  l4-N  (nuclear  mass,  13.999234  amu); 
(b)  4sTi  (nuclear  mass,  47.935878  amu);  (c)  mercury-201 
(atomic  mass,  200.970277  amu). 

21.49  The  solar  radiation  tailing  on  Earth  amounts  to 

1.07  <  1016  kj/min.  (a)  What  is  the  mass  equivalence  ot 

Effects  and  Uses  of  Radioisotopes 

21.53  Explain  how  you  might  use  radioactive  Fe  (a  beta 

emitter  with  /|  2  =  ̂  -5  days)  to  determine  the  extent  to 
which  rabbits  are  able  to  convert  a  particular  iron  com- 

pound in  their  diet  into  blood  hemoglobin,  which  con- 
tains iron  atoms. 

21.54  Chlorine-3(->  is  a  convenient  radiotracer.  It  is  a  weak  beta 
emitter,  with  /|  2  =  3  ■  Hr  yr.  Describe  how  you  would 
use  this  radiotracer  to  carry  out  each  of  the  following  ex- 

periments, (a)  Determine  whether  trichloroacetic  acid, 
CCh,COOH,  undergoes  any  ionization  of  its  chlorines  as 
chloride  ion  in  aqueous  solution,  (b)  Demonstrate  that 
the  equilibrium  between  dissolved  BaCN  and  solid  BaCE 

in  a  saturated  solution  is  a  dynamic  process,  (c)  Deter- 
mine the  effects  of  soil  pH  on  the  uptake  of  chloride  ion 

from  the  soil  by  soybeans. 

21.55  Explain  the  function  ot  the  following  components  of  a 
nuclear  reactor:  (a)  control  rods,  (b)  moderator. 

21.56  Explain  the  following  terms  that  apply  to  fission  reac- 
tions: (a)  chain  reaction,  (b)  critical  mass. 

21.57  Complete  and  balance  the  nuclear  equations  for  the  fol- 
lowing fission  reactions: 

(a)  2^U  +  An  - 

the  solar  energy  falling  on  Earth  in  a  24-hr  period1  (b)  It 
the  energy  released  in  the  reaction 

n 

(b)  2$Pu +  2  (',n 

•  '$Sm  +  V,Zn  + 

Jn  —  l^Ce  +  _ 
21.58  Complete  and  balance  the  nuclear  equations  for  the  fol- 

lowing fission  or  fusion  reactions: 

(a)  |H  +  2H   »  }Hc  + 

(b)  \]]V  +  In   »  '|?Sb  +■  4,Nb  +  _Jn 

21.59  A  portion  of  the  Sun's  energy  comes  from  the  reaction 

4  |H   *  ,He  +  2','e 

23SU  +  Jn 

'&Ba  +  gKr  +  3an 

(-V,U  nuclear  mass,  234.9935  amu;  141Ba  nuclear  mass. 
140.8833  amu;  "Kr  nuclear  mass,  91.9021  amu)  is  taken 
as  typical  ot  that  occurring  in  a  nuclear  reactor,  w  hat 

mass  of  uranium-235  is  required  to  equal  0.10",,  ot  the 
solar  energy  that  (alls  on  Earth  in  1.0  day? 

21.50  Based  on  the  following  atomic  mass  values — 'll, 
1.00782  amu;  2H,  2.01410  amu;  ?H,  3.01605  amu;  Tie, 
3.01603  amu;  'lie,  4.00260  amu— and  the  mass  ot  the 
neutron  given  in  the  text,  calculate  the  energy  released 
per  mole  in  each  of  the  following  nuclear  reactions,  all 
of  which  are  possibilities  for  a  controlled  fusion  process: 

(a)  jH  +  ̂ H   ►  |He  1  ,',n 

]\  le  +  (',n 
♦  iHe  f  |H 

(b)  yH  +  jH  - 
(c)  tH  +  ?He 

This  reaction  requires  a  temperature  ot  about 

107  K.  Why  is  such  a  high  temperature  required? 

to 

21.51  Which  of  the  following  nuclei  is  likely  to  have  the  largest 

mass  defect  per  nucleon:  (a)  'To,  (b)  "B,  (c)  "sSn, 
(d)  ~  Cm?  Explain  your  answer. 

21.52  Based  on  Figure  2 1 . 13,  explain  why  energy  is  released  in 
the  course  of  the  fission  of  hea\  \  nuclei. 

|21.60|  The  spent  fuel  rods  from  a  fission  reactor  are  much  more 
intensely    radioactive    than    the   original    fuel  rods. 
(a)  What  does  this  tell  you  about  the  products  of  the  fis- 

sion process  in  relationship  to  the  belt  of  stability,  Figure 
21.2?  (b)  Given  that  onl\  two  or  three  neutrons  are  re- 

leased per  fission  event  and  knowing  that  the  nucleus 

undergoing  fission  has  a  neutron-to-proton  ratio  charac- 
teristic of  a  heavy  nucleus,  what  sorts  of  decay  would 

von  expect  to  be  dominant  among  the  fission  products? 

21.61  Why  is  -OH  more  dangerous  to  an  organism  than  OH  ? 
21.62  Use  Lewis  structures  to  represent  the  reactants  and 

products  in  Equation  21.31.  Wh\  is  the  I  HO  ion  a  tree 

radical  species1 21.63  A  laboratory  rat  is  exposed  to  an  alpha-radiation  source 
whose  activity  is  8.7  mCi.  (a)  What  is  the  activity  of  the 
radiation  in  disintegrations  per  second?  In  becquerels? 
(b)  I  he  rat  has  a  mass  ot  250  g  and  is  exposed  to  the  ra- 

diation lor  2.0  s,  absorbing  65%  ot  the  emitted  alpha 

particles,  each  having  an  energy  ot  9.12  ■  10  1  '  |.  Cal- culate the  absorbed  dose  in  millirads  and  grays,  (c)  If 
the  RBE  of  the  radiation  is  9.5,  t  al<  ulate  the  effective  ab- 

sorbed dose  in  111  rem  and  Sv. 

21.64  A  '■n-kg  person  is  accidentally  exposed  lor  I  Id  s  to  a  21- 
mCi  source  of  beta  radiation  coining  from  a  sample  ot 
Sr.  (a)  What  is  the  activity  of  the  radiation  source  in 

disintegrations  per  second?  In  becquerels?  (b)  Each  beta 

particle  has  an  energy  of  8. 7S  ■  10  14  |,  and  6.5%  of  the 
radiation  is  absorbed  In  the  person.  .Assuming  that  the 

absorbed  radiation  is  spread  over  the  person's  entire 
body,  calculate  the  absorbed  dose  in  rads  and  in  grays. 
(c)  II  the  RBE  ot  the  beta  particles  is  1.0,  w  hat  is  the  el- 
fective  dost'  in  mrem  and  in  sieverts?  (d)  Based  on 
Figure  21 .23,  how  does  the  magnitude  ot  this  dose  ot  ra- 

diation compare  with  av  erage  background  radiation? 
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Additional  Exercises 

21.65  Radon-222  decays  to  a  stable  nucleus  by  a  series  of  three 
alpha  emissions  and  two  beta  emissions.  What  is  the 
stable  nucleus  that  is  formed1 

21.66  A  tree  neutron  is  unstable  and  decays  into  a  proton  with 
a  half-life  of  10.4  min.  (a)  What  other  particle  forms? 
(b)  Whv  don't  neutrons  in  atomic  nuclei  decay  at  the 
same  rate? 

21.67  The  13  known  nuclides  of  /inc  range  from  hllZn  to  ,2/n. 
The  naturally  occurring  nuclides  have  mass  numbers  64, 
66,  67,  68,  and  70.  What  mode  or  modes  of  decay  would 
you  expect  for  the  least  massive  radioactive  nuclides  of 
zinc?  What  mode  for  the  most  massive  nuclides? 

21.68  Chlorine  has  two  stable  nuclides,  35C1  and  37C1.  In  con- 

trast, 3hCl  is  a  radioactive  nuclide  that  decays  by  beta 
emission,  (a)  What  is  the  product  of  decay  of  1hCl? 
(b)  Based  on  the  empirical  rules  about  nuclear  stability, 

explain  whv  the  nucleus  of  ̂ Cl  is  less  stable  than  either 35C1  or  37C1. 

21.69  Nuclear  scientists  have  synthesized  approximately  INK) 
nuclei  not  known  in  nature.  More  might  be  discovered 

with  heavy-ion  bombardment  using  high-energv  parti- 
cle accelerators.  Complete  and  balance  the  following  re- 

actions, which  involve  heavy-ion  bombardments: 

(a)  ̂ Li  +  jjfNi   ►  ? 

(b)  ̂ Ca  +  2||Cm   >  'gSm  +  ? 

(c)  ||Sr  +  ||Kr   >  ']£Pd  +  ? 

(d)  l§Ca  +  2^U   »  $Zn  -  4  (',n  +  2? 
[21.701  The  synthetic  radioisotope  technetium-99,  which  decays 

by  beta  emission,  is  the  most  widely  used  isotope  in  nu- 
clear medicine.  The  following  data  were  collected  on  a 

sample  of  Tc: 

Disintegrations  per  Minute 
Time  (h) 

180 0 
130 
104 5.0 
77 

7.5 

59 10.0 46 12.5 

24 17.5 

Make  a  graph  of  these  data  similar  to  Figure  21.7,  and 

determine  the  half-life.  (You  may  want  to  make  a  graph 
of  the  natural  log  of  the  disintegration  rate  versus  time; 
a  little  rearranging  of  Equation  21.19  will  produce  an 
equation  for  a  linear  relation  between  In  /V,  and  t;  from 
the  slope,  you  can  obtain  k.) 

[21.71 1  According  to  current  regulations,  the  maximum  permis- 
sible dose  of  strontium-90  in  the  body  of  an  adult  is 

1  /xCi  (  I  X  10  hCi).  Using  the  relationship  rate  =  kN, 
calculate  the  number  of  atoms  of  strontium-90  to  w  hich 

this  dose  corresponds.  To  what  mass  of  strontium-90 
does  this  correspond  (/);2  for  strontium-90  is  28.8  yr)? 

[21.72]  Suppose  you  had  a  detection  device  that  could  count 
every  decay  from  a  radioactive  sample  of  plutonium-239 
(/|  2  is  24,000  yr).  How  many  counts  per  second  would 
you  obtain  from  a  sample  containing  0.173  g  of  plutoni- 
um-239?  [Hint:  look  at  liquations  21.19  and  21.20.) 

21.73  Methyl  acetate  (CH,COOCI  I ,)  is  formed  by  the  reaction 
of  acetic  acid  with  methyl  alcohol.  If  the  methyl  alcohol 

is  labeled  with  oxygen- 18,  the  oxygen-18  ends  up  in  the 
methyl  acetate: 

O  O 

CH3COH  +  HlsOCH  ,  -    — »  ChhC1HOCbh  +  H20 

Do  the  C  — OH  bond  of  the  acid  and  the  O  — H  bond  of 
the  alcohol  break  in  the  reaction,  or  do  the  O — H  bond 
of  the  acid  and  the  C  —  OH  bond  of  the  alcohol  break? 
I  \plain 

21.74  An  experiment  was  designed  to  determine  whether  an 

aquatic  plant  absorbed  iodide  ion  from  water.  Iodine- 
131  (/]  2  =  8.04  days)  was  added  as  a  tracer,  in  the  form 
of  iodide  ion,  to  a  tank  containing  the  plants.  The  initial 

activity  of  a  1.00-/xL  sample  of  the  water  was  184  counts 
per  minute.  After  30  days  the  level  of  activity  in  a 

1.00-yuL  sample  was  13.5  counts  per  minute.  Did  the 
plants  absorb  iodide  from  the  water? 

[21.75]  A  26.00-g  sample  of  water  containing  tritium,  3H,  emits 
1.50  X  103  beta  particles  per  second.  Tritium  is  a  weak 
beta  emitter,  with  a  half-life  of  12.3  yr.  What  fraction  of 
all  the  hydrogen  in  the  water  sample  is  tritium?  [Hint: 
Use  Equations  21.19  and  21.20.] 

21.76  The  nuclear  masses  of  7Be,  MBe,  and  "'Be  are  7.0147, 
9.0100,  and  10.0113  amu,  respectively.  Which  of  these 
nuclei  has  the  largest  binding  energy  per  nucleon? 

21.77  The  Sun  radiates  energy  into  space  at  the  rate  of 

3.9  x  1026J/s.  (a)  Calculate  the  rate  of  mass  loss  from 
the  Sun  in  kg  s  (b)  How  does  this  mass  loss  arise? 

[21.78]  The  av  erage  energy  released  in  the  fission  of  a  single 

uranium-235  nucleus  is  about  3  x  10-11  J.  If  the  conver- 
sion of  this  energy  to  electricity  in  a  nuclear  power  plant 

is  40%  efficient,  what  mass  of  uranium-235  undergoes 
fission  in  a  vear  in  a  plant  that  produces  1000  MW 
(megawatts)?  Recall  that  a  watt  is  1  J/s. 

(21.79]  Tests  on  human  subjects  in  Boston  in  1965  and  1966,  fol- 
lowing the  era  of  atomic  bomb  testing,  revealed  average 

quantities  of  about  2  pCi  of  plutonium  radioactivity  in 

the  average  person.  How  many  disintegrations  per  sec- 
ond does  this  level  of  activity  imply7  If  each  alpha  parti- 

cle deposits  8  x  10~13J  of  energy  and  if  the  average 
person  weighs  75  kg,  calculate  the  number  of  rads  and 
rems  of  radiation  in  1  yr  from  such  a  level  of  plutonium. 

Integrative  Exercises 

21.80  A  36.9-mg  sample  of  sodium  perchlorate  contains  ra- 
dioactive chlorine- 36  (whose  atomic  mass  is  36.0  amu). 

If  25.6%  of  the  chlorine  atoms  in  the  sample  are  chlo- 
rine-36  and  the  remainder  are  naturally  occurring  non- 

radioactive chlorine  atoms,  how  many  disintegrations 

per  second  are  produced  by  this  sample?  The  half-life  of 
chlorine-36  is  3.0  x  105yr. 

21.81  Calculate  the  mass  of  propane,  C^HgQ^),  that  must  be 
burned  in  air  to  evolve  the  same  quantity  of  energy  as 
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produced  by  the  fusion  of  1.0  g  of  hydrogen  in  the  fol- 
lowing fusion  reaction: 

4  }H   ►  M  \v  +  2(,'e 
Assume  that  all  the  products  oi  the  <  ombustion  of  CiHs 
are  in  their  gas  phases.  Use  data  from  Exercise  21.30, 
Appendix  C,  and  the  inside  covers  ol  the  text. 

21.82  A  sample  of  an  alpha  emitter  having  an  activity  of  0.18 
Ci  is  stored  in  a  1 5. 0-mL  sealed  container  at  22  C  for  235 
days,  (a)  How  many  alpha  particles  are  formed  during 
this  time?  (b)  Assuming  that  each  alpha  particle  is  con- 

verted to  a  helium  atom,  w  hat  is  the  partial  pressure  of 

helium  gas  in  the  container  after  this  235-day  period? 
121.83]  Charcoal  samples  from  Stonehenge  in  England  were 

burned  in  Gs,  and  the  resultant  C02  gas  bubbled  into  a 

solution  of  Ca(OH)2  (limewater),  resulting  in  the  precip- 
itation of  CaCCv  The  CaCO,  w  as  removed  by  filtration 

and  dried.  A  78H-mg  sample  of  the  CaCO;  had  a  ra- 

dioactivity of  1.5  x  10  "Ik]  because  of  carbon-14,  13 v 

comparison,  living  organisms  undergo  15.3  disintegra- 
tions per  minute  per  gram  of  carbon.  Using  the  half-life 

of  carbon-14,  5715  vr,  calculate  the  age  of  the  charcoal 
sample. 

|21.84|  When  a  positron  is  annihilated  by  combination  w  ith  an 
electron,  two  photons  of  equal  energy  result.  What  is 

the  wavelength  of  these  photons1  Are  they  gamma  ray 

photons1 

|21.85|  A25.0-ml  sample  of  0.050  M  barium  nitrate  solution  w  as 
mixed  w  ith  25.0  ml,  of  0.050  M  sodium  sulfate  solution  la- 

beled with  radioactive  sulfur-35.  The  activity  of  the  initial 

sodium  sulfate  solution  w  as  1 .22  ■  10"  Be]  mL.  After  the 
resultant  precipitate  was  removed  b\  filtration,  the  re- 

maining filtrate  was  found  to  have  an  activity  of 
250  Bq/mL.  (a)  Write  a  balanced  chemical  equation  for  the 
reaction  that  occurred,  (b)  Calculate  the  Ks,,  tor  the  precip- 

itate under  the  conditions  of  the  experiment. 

eMEDIA  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Accel- 

erator CD.  Access  to  these  resources  comes  in  your  Media  Pak. 
21.86  The  Separation  of  Alpha,  Beta,  and  Gamma  Rays  ani- 

mation (21.1)  shows  how  an  electric  field  deflects  alpha 
and  beta  emissions.  Predict  the  product  nuclei  if  eat  h  of 
the  following  were  to  decay  by  either  a  or  [i  decay: 
(a)  2"U,  (b)  2nqBi,  (c)  ",sSn,<d)2MPb 

21.87  The  half-life  of  2™U  is  4.5  X  109  yr.  (a)  Use  the 
Radioactive  Decay  simulation  (21.4}  to  determine  the  half- 
life  of  U.  (b)  Which  of  the  two  isotopes  is  more  abun- 

dant in  nature1  In  light  of  the  two  half-lives,  does  the 

relative  abundance  of  the  two  isotopes  make  sense?  Ex- 

plain. 

21.88  Use  the  Radioactive  Decay  activity  (eClmpter  21 .4)  to  de- 
termine (a)  the  halt-lite  of  2,2Th,  (b)  the  rate  constant  for 

decay  of  Th,  (c)  the  mass  of  Th  remaining  after  6.8 
billion  years.  (Starting  mass:  20.00  kg) 

21.89  In  Exercise  21.42  you  determined  the  rate  constant  for  the 
decay  of  4,,K  to  4llAr  in  order  to  calculate  the  age  of  a  rock, 

(a)  Using  that  rate  constant,  calculate  the  mass  of  4"K  re- 
maining after  2.4  billion  years.  (Starting  mass:  20.00  kg) 

Check  your  answer  with  the  Radioactive  Decay  activity 

(21.4).  (b)  By  what  process  does  4I1K  decay  to  40Ar? 
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22.1  General  Concepts:  Periodic 
Trends  and  Chemical 
Reactions 

22.2  Hydrogen 

22.3  Group  8A:  The  Noble  Gases 

22.4  Group  7A:  The  Halogens 

22.5  Oxygen 

22.6  The  Other  Group  6A  Elements: 
S,  Se,  Te,  and  Po 

22.7  Nitrogen 

22.8  The  Other  Group  5A  Elements: 
P,  As,  Sb,  and  Bi 

22.9  Carbon 

22.10  The  Other  Group  4A  Elements: 
Si,  Ge,  Sn,  and  Pb 

22.11  Boron 

WHAT'S  AHEAD 

•  We  begin  with  a  review  of  general 
periodic  trends  and  types  of 
chemical  reactions,  which  will  help 
us  to  focus  on  general  patterns  of 
behavior  as  we  examine  each  family 
in  the  periodic  table.  (Section  22.1) 

•  The  first  nonmetal  we  consider  is 
hydrogen,  an  element  that  forms 
compounds  with  most  other 
nonmetals. 

•  Next,  we  consider  the  noble 
gases,  the  elements  of  group  8A, 
which  exhibit  very  limited 
chemical  reactivity  (the  fluorides 
and  oxides  of  Xe  are  the  most 
numerous).  (Sections  22.2 
and  22. 3  >  f 

•  The  halogens,  group  7 A.  j  \ 
the  most  electronegative  of 
the  elements.  Thev  have  a  \m 

important.  (Section  22.4) 

Oxygen  is  the  most 
abundant  element  in  both 

Earth's  crust  and  the  human 
body,  and  its  chemistrv  includes 
oxide  and  peroxide  compounds. 
(Section  22.5) 

Of  the  other  members  of  group  6A 
(S,  Se,  Te,  and  Po),  sulfur  is  the  most 
important.  (Section  22.6) 

Nitrogen  is  a  key  component  of  our 
atmosphere.  It  forms  compounds  in 
which  its  oxidation  number  ranges 

from  -3  to  +5,  including  such 
important  compounds  as  NH3  and 
HNO3.  (Section  22.7) 
Of  the  other  members  of  group  5A 

(P,  As,  Sb,  and  Bi),  phosphorus  is  the 
only  one  that  plavs  an  important  and 
beneficial  role  in  biological  systems. 
It  is  also  the  most  important 
commercially.  (Section  22. S) 

Carbon  and  silicon  are  the  most 

abundant  and  significant  elements  of 

group  4A,  with  carbon  having  many 

important  inorganic  and  organic- 
compounds,  and  silicon  oxides  being 

the  framework  substances  in  Earth's 
crust.  (Sections  22.9  and  22.10) 

Boron  is  the  sole  nonmetal  lie 

element  of  group  3A.  (Section  22.11) 

rich  and  important 
chemistry,  with  F  and  CI 
being  commercially  very 



Chemistry 

of  the  Nonmetals 

THE  CHAPTER-OPENING  PHOTOGRAPH  shows  an  attractive 

modern  living  space.  A  great  number  of  chemical 

elements  have  gone  into  making  up  the  space  and 

all  its  decorations.  Chemical  innovation  has  re- 

sulted in  a  host  of  materials  that  form  the  stuff 

of  modern  life.  We've  learned  in  earlier  chapters  about  a  variety  of 
chemical  reaction  types  that  allow  chemists  to  purify  materials 
and  polymerize    small    molecules    into    much    larger  ones 

.  We've  also  learned  how   the  properties  of 
pure  substances  and  mixtures  depend  on  underlying  molecu- 

ir  properties  .  But  what  are  the  chemical 
and  physical  properties  ol  the  elements  that  make  up  all 
these  materials?  In  this  and  the  next  chapter,  we  w  ill  be 

looking  at  the  properties  ol  many  elements  and  at  how 
these  properties  determine  the  possibilities  for  useful 

applications. One  of  the  first  questions  we  might  ask  is,  What 

are  the  relative  importances  of  metallic  and  non- 
metallic  elements1  Both  kinds  of  elements  are  es- 

sential in  their  own  ways.  As  we  look  at  the 

chapter-opening  photograph,  however,  it  is 
striking  that  so  much  of  what  we  see  is 
formed   from  nonmetallic  elements.  The 

pottery  objects  on  the  table  are  formed 
largely  from  clay,  which  in  turn  is  large- 

ly silicon  dioxide.  The  carpeting  is  al- 
most    certainly     woven     from  a 

polymeric  fiber  that  is  essentially  all 
non-metallic 

I  he  paint  on  the  walls,  the  chair 

coverings,  the  glass  of  the  win- 
dows, tin'  lampshades,  most 

of  the  furniture — all  mainly 
nonmetallic.    Metals  are 

certainly    important,  as 

they  an-  necessary  to 

937 
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manufacture  the  electrical  wiring  in  the  walls,  perhaps  steel  girders  in  the  build- 

ing's frame,  perhaps  plumbing  fixtures.  Overall,  however,  the  stuff  of  which  this 
scene  is  constructed  is  largely  nonmetallic  in  origin. 

In  this  chapter  we  will  take  a  panoramic  view  of  the  descriptive  chemistry  of 
the  nonmetallic  elements,  starting  with  hydrogen  and  then  progressing,  group 

by  group,  from  right  to  left  in  the  periodic  table.  We  will  consider  how  the  ele- 
ments occur  in  nature,  how  they  are  isolated  from  their  sources,  and  how  they 

are  used.  We  will  emphasize  hydrogen,  oxygen,  nitrogen,  and  carbon.  These 
four  nonmetals  form  many  commercially  important  compounds  and  account  for 
99%  of  the  atoms  required  by  living  cells.  We  will  discuss  further  aspects  of  the 
chemistry  of  these  elements  when  we  consider  organic  and  biological  chemistry 
in  Chapter  25. 

As  you  study  this  so-called  descriptive  chemistry,  it  is  important  to  look  for 
trends  rather  than  trying  to  memorize  all  the  facts  presented.  The  periodic  table 
is  your  most  valuable  tool  in  this  task. 

22.1 General  Concepts:  Periodic  Trends  and  Chemical 
Reactions 

▼  Figure  22.1   Trends  in  elemental 
properties.  Key  properties  of  the  elements  are  a 
function  of  position  in  the  periodic  table. 

Increasing  ionization  energy 
Decreasing  atomic  radius 
Increasing  nonmetallic  character  and  electronegativity 
Decreasing  metallic  character 

Metals 
Nonmetals 

□ Metalloids 

Most 
metallic 
element 

Most 
nonmetallic 
element 

Recall  that  we  can  classify  elements  as  metals,  metalloids,  and  nonmetals. 

Except  for  hydrogen,  which  is  a  special  case,  the  nonmetals 
occupy  the  upper  right  portion  of  the  periodic  table.  This  division  of  elements 
relates  nicely  to  trends  in  the  properties  of  the  elements  as  summarized  in 
Figure  22.1  T.  Electronegativity,  for  example,  increases  as  we  move  left  to  right 
across  a  row  of  the  table,  and  it  decreases  as  we  move  down  a  particular  group. 

The  nonmetals  thus  have  higher  electronegativities  than  the  metals.  This  differ- 
ence leads  to  the  formation  of  ionic  solids  in  reactions  between  metals  and  non- 

metals.  In  contrast,  compounds  formed  between 
nonmetals  are  molecular  substances  and  are  often  gases,  liquids,  or  volatile 
solids  at  room  temperature. 

Among  the  nonmetals,  we  have  seen  that  the  chemistry  exhibited  by  the 

first  member  of  a  group  can  differ  in  several  important  ways  from  that  of  sub- 
sequent members.  For  example,  nonmetals  in  the  third  row  and  below  can  ac- 

commodate a  larger  number  of  bonded  neighbors.  ' 1  Another 
important  difference  is  that  the  first  element  in  any  group  can  more  readily 
form  77  bonds  than  members  lower  in  the  group.  This  trend  is  due,  in  part,  to 

atomic  size.  Small  atoms  are  able  to  approach  each  other  more  closely.  As  a  re- 

sult, the  sideways  overlap  of  p  orbitals,  which  results  in  the  for- 
mation of  77  bonds,  is  more  effective  for  the  first  element  in  each 

group  (Figure  22.2  ►).  More  effective  overlap  means  stronger  tt 
bonds,  as  is  reflected  in  the  bond  enthalpies  of  their  multiple 

bonds.  For  example,  the  difference  in  the 

bond  enthalpies  of  C  —  C  and  C  =  C  bonds  is  about  270  kj/mol 

(Table  8.4);  this  value  reflects  the  "strength"  of  a  carbon-carbon 
77  bond.  By  comparison,  the  strength  of  a  silicon-silicon  77  bond 
is  only  about  100  kj/mol,  significantly  lower  than  that  for  car- 

bon. As  we  shall  see,  77  bonds  are  particularly  important  in  the 
chemistry  of  carbon,  nitrogen,  and  oxygen,  which  frequently 
form  double  bonds.  The  elements  in  rows  3,  4,  5,  and  6  of  the 

periodic  table,  on  the  other  hand,  have  a  tendency  to  form  only 

single  bonds. 
The  ready  ability  of  second-row  elements  to  form  77 

bonds  is  an  important  factor  in  determining  the  structures  of 
these  elements  and  their  compounds.  Compare,  for  example, 
the  elemental  forms  of  carbon  and  silicon.  Carbon  has  four 
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Si — Si 

4  Figure  22.2    -  Bonds  in  second-  and 
third-row  elements.  Comparison  of  --bond 
formation  by  sideways  overlap  of  p  orbitals 
between  two  carbon  atoms  and  between  two 
silicon  atoms.  The  distance  between  nuclei 
increases  as  we  move  from  carbon  to  silicon.  The 
p  orbitals  do  not  overlap  as  effectively  between 
two  silicon  atoms  because  of  this  greater 

separation. 

Strong 
overlap 

Weak overlap 

major  crystalline  allotropes:  diamond,  graphite,  buckminsterfullerene,  and 
carbon  nanotubes.  Diamond  is  a  covalent-network  solid 

that  has  C  —  C  <r  bonds  but  no  -  bonds.  draphite,  buckminsterfullerene,  and 
carbon  nanotubes  have  tt  bonds  that  result  from  the  sideways  overlap  of  /> 

orbitals.  Elemental  silicon  exists  only  as  a  diamond-like  covalent-network 
solid  with  ir  bonds;  silicon  exhibits  no  form  that  is  analogous  to  graphite, 

buckminsterfullerene,  or  carbon  nanotubes,  apparently  because  Si — Si  77 
bonds  are  weak. 

We  likewise  see  significant  differences  in  the  dioxides  of  carbon  and  silicon 
(Figure  22.3  ►).  COt  is  a  molecular  substance  with  C  O  double  bonds, 

whereas  SiC>2  contains  no  double  bonds.  SiO^  is  a  covalent-network  solid  in 
which  four  oxygen  atoms  are  bonded  to  each  silicon  atom  by  single  bonds, 
forming  an  extended  structure  that  has  the  empirical  formula  SiCV 

9 
GIVE  IT  SOME  THOUGHT 

The  element  nitrogen  is  found  in  nature  as  N2(g).  Would  you  expect  phosphorus  to 
be  found  in  nature  as  P2O3)?  Explain. 

ACTIVITY 
Carbon-Silicon  Orbital  Overlap 

Si 

SiO, 

co2 

A  Figure  22.3   Comparison  of  Si02  and 
COj.  Si02  has  only  single  bonds,  whereas  C02 
has  double  bonds. 

■  SAMPLE  EXERCISE  22.1  |  Identifying  Elemental  Properties 
Consider  the  elements  Li,  K,  N,  P,  and  Ne.  From  this  list  select  the  element  that 
(a)  is  the  most  electronegative,  (b)  has  the  greatest  metallic  character,  (c)  can  bond  to 
more  than  four  surrounding  atoms  in  a  molecule,  (d)  forms  tt  bonds  most  readily. 

Solution 

Analyze:  We  are  given  a  list  of  elements  and  asked  to  predict  several  properties  that 
can  be  related  to  periodic  trends. 
Plan:  We  can  use  the  preceding  discussion,  particularly  the  summary  in  Figure  22  I , 
to  guide  us  to  the  answers.  Thus,  we  need  first  to  locate  each  element  in  the  periodic 
table. 

Solve:  (a)  Electronegativity  increases  as  we  proceed  toward  the  upper  right  portion 
of  the  periodic  table,  excluding  the  noble  gases.  Thus,  nitrogen  (N)  is  the  most  elec- 

tronegative element  among  those  listed,  (b)  Metallic  character  correlates  inversely 
with  electronegativity — the  less  electronegative  an  element,  the  greater  its  metallic 
character.  The  element  with  the  greatest  metallic  character  is  therefore  potassium  (K), 
which  is  closest  to  the  lower  left  corner  ol  the  periodic  table,  (c)  Nonmetals  lend  to 
form  molecular  compounds,  so  we  can  narrow  our  choice  to  the  three  nonmetals  on 
the  list:  N,  P,  and  Ne.  In  order  to  form  more  than  four  bonds,  an  element  must  be  able 

to  expand  its  valence  shell  to  allow  more  than  an  octet  of  electrons  around  it.  Valence- 
shell  expansion  occurs  for  elements  in  the  third  row  of  the  periodic  table  and  below; 
nitrogen  and  neon  are  both  in  the  second  row  and  will  not  undergo  valence-shell  ex- 

pansion. Thus,  the  answer  is  phosphorus  (P).  (d)  Nonmetals  in  the  second  row  form 
tt  bonds  more  readily  than  elements  in  the  third  row  and  below.  1  here  are  no  com- 

pounds known  that  contain  covalent  bonds  to  the  noble  gas  Ne.  Thus,  the  other 
second-row  element,  N,  is  the  element  from  the  list  that  forms  tt  bonds  most  readily. 
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Hi  PRACTICE  EXERCISE 

Consider  the  elements  Be,  C,  CI,  Sb,  and  Cs.  Select  the  element  that  (a)  has  the  lowest 
electronegativity,  (b)  has  the  greatest  nonmetallic  character,  (c)  is  most  likely  to  par- 

ticipate in  extensiv  e  it  bonding,  (d)  is  most  likelv  to  be  a  metalloid. 
Answers:  (a)  Cs,  <b)  CI,  (c)  C,  (d)  Sb 

Chemical  Reactions 

We  will  present  a  large  number  of  chemical  reactions  in  this  and  later  chapters. 
You  will  find  it  helpful  to  observe  general  trends  in  the  patterns  of  reactivity. 

We  have  already  encountered  several  general  categories  of  reactions:  combus- 
tion reactions  (Section  3.2),  metathesis  reactions  (Section  4.2),  Bronsted-Lovvrv 

acid-base  (proton-transfer)  reactions  (Section  lb. 2),  Lewis  acid-base  reactions 
(Section  16.11),  and  redox  reactions  (Section  20.1).  Because  C2  and  H20  are 

abundant  in  our  env  ironment,  it  is  particularly  important  to  consider  the  possi- 
ble reactions  of  these  substances  with  other  compounds.  About  one-third  of  the 

reactions  discussed  in  this  chapter  involve  either  02  (oxidation  or  combustion 

reactions)  or  H20  (especially  proton-transfer  reactions). 
In  combustion  reactions  with  02,  hydrogen-containing  compounds  pro- 

duce H20.  Carbon-containing  ones  produce  C02  (unless  the  amount  of  02  is 
insufficient,  in  which  case  CO  or  even  C  can  form).  Nitrogen-containing  com- 

pounds tend  to  form  N2,  although  NO  can  form  in  special  cases.  The  following 
reactions  illustrate  these  generalizations: 

2  ChhOH(/)  +  3  02(g)  »  2  C02(g)  +  4  H20(g)  [22.1  ] 

4CH3NH2(£)  +  9  02(g)  ►  4C02(x)  +  10H2O(g)  +  2N2(g)  [22.2] 

The  formation  of  H20,  C02,  and  N2  reflects  the  high  thermodynamic  stabilities 
of  these  substances,  which  are  indicated  by  the  large  bond  energies  for  the 

O  — H,  C  =  0,  and  N  =  N  bonds  that  they  contain  (463,  799,  and  941  kj/mol, 
respectively). 

When  dealing  with  proton-transfer  reactions,  remember  that  the  weaker  a 
Bronsted-Lowry  acid,  the  stronger  its  conjugate  base.  -  For  ex- 

ample, H2,  OH~  NH3,  and  CH4  are  exceedingly  weak  proton  donors  that  have 
no  tendency  to  act  as  acids  in  water.  Thus,  species  formed  from  them  by  remov- 

ing one  or  more  protons  (such  as  H~,  O2  ,  and  NH2~)  are  extremely  strong 

bases.  All  react  readily  with  water,  removing  protons  from  H20  to  form  OH~. The  following  reactions  are  illustrative: 

CH3~(aq)  +  H2C(/)   ►  CH4(g)  +  OH~(aq)  [22.3] 

N3'(aq)  +  3H20(7)   >  NH3{aq)  +  3  OH~(aq)  [22.4] 

Substances  that  are  stronger  proton  donors  than  H20,  such  as  HC1,  H2S04, 

HC2H3O2,  and  other  acids,  also  react  readily  with  basic  anions. 

■i  SAMPLE  EXERCISE  22.2  |  Predicting  the  Products  of  Chemical  Reactions 

Predict  the  products  formed  in  each  of  the  following  reactions,  and  write  a  balanced  equation: 

(a)  CH3NHNH2(g)  +  02(g)   » 

(b)  Mg3P2(s)  t-  H20(/)   > 
(c)  NaCN(s)  I  HCl(flq)   > 

Solution 

Analyze:  We  arc  given  the  reactants  for  three  chemical  equations  and  asked  to  predict  the  products  and  then  balance  the  equations. 
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Plan:  We  need  to  examine  the  reactants  to  see  if  there  is  a  reaction  type  that  we  might  recognize.  In  (a)  the  carbon  compound  is 
reacting  with  02,  which  suggests  a  combustion  reaction.  In  (b)  water  reacts  with  an  ionic  compound.  The  anion,  P  ,  is  a  strong 
base  and  H20  is  able  to  act  as  an  acid,  so  the  reactants  suggest  an  acid-base  (proton-transfer)  reaction.  In  (c)  we  have  an  ionic  com- 

pound and  a  strong  acid.  Again,  a  proton-transfer  reaction  is  suggested. 

Solve:  (a)  Based  on  the  elemental 

composition  of  the  carbon  com- 
pound, this  combustion  reaction 

should  produce  C02,  H20,  and  N2: 

(b)  Mg^Pj  is  ionic,  consisting  of  Mg-' 
and  Pv  ions.  The  1^  ion,  like  , 
has  a  strong  affinity  for  protons  and 
reacts  with  H20  to  form  OH  ami 

PH3  (PH2  ,  l'H2  ,  and  PH^  are  all 
exceedingly  weak  proton  donors). 

Mg(OH)2  has  low  solubility  in  water 
and  will  precipitate. 

(c)  NaCN  consists  of  Na'  and  CN ions.  The  CN   ion  is  basic  (HCN  is  a 
weak  acid).  Thus,  CN    reacts  with 
protons  to  form  its  conjugate  acid. 

2CH  ,NHNH2(x)  +  5  02(x) C02(g)  +  6H20(£)  +  2N2(x) 

Mg,P2(.s)  +  6  H2Q(/) 2PH,(X)  +  3  Mg(OH)2(s) 

NaCN(s)  f  HClO/r/) HCN(/?(/)  +  NaClO/*/) 

HCN  has  limited  solubility  in  water  and  escapes  as  a  gas.  HCN  is  extremely  toxic;  in  fact,  this  reaction  has  been  used  to  produce 
the  lethal  gas  in  gas  chambers. 

Wm  PRACTICE  EXERCISE 

Write  a  balanced  equation  for  the  reaction  of  solid  sodium  hydride  with  water. 
Answer:  NaH(s)  +  H20(/)   >  NaOH(,«/)  +  H2(y) 

22.2  I  Hydrogen 

The  English  chemist  Henry  Cavendish  (1731-1810)  first  isolated  pure  hydro- 
gen. Because  the  element  produces  water  when  burned  in  air,  the  French 

chemist  Lavoisier  gave  it  the  name  //t/i/mec//,  which  means  "water  producer" 
(Greek:  hydro,  water; gennao,  to  produce). 

Hydrogen  is  the  most  abundant  element  in  the  universe.  It  is  the  nuclear 
fuel  consumed  by  our  Sun  and  other  stars  to  produce  energy. 
Although  about  70%  of  the  universe  is  composed  of  hydrogen,  it  constitutes 

only  0.87%  of  Earth's  mass.  Most  of  the  hydrogen  on  our  planet  is  found  associ- 
ated with  oxygen.  Water,  which  is  11%  hydrogen  by  mass,  is  the  most  abundant 

hydrogen  compound.  Hydrogen  is  also  an  important  part  of  petroleum,  cellu- 
lose, starch,  fats,  alcohols,  acids,  and  a  wide  variety  of  other  materials. 

Isotopes  of  Hydrogen 

The  most  common  isotope  of  hydrogen,  JH,  has  a  nucleus  consisting  ol  a  single 

proton.  This  isotope,  sometimes  referred  to  as  protium,*  comprises  U(TU<S44".>  of 
naturally  occurring  hydrogen. 

Two  other  isotopes  are  known:  fH,  whose  nucleus  contains  a  proton  and  a 
neutron,  and  ]H,  whose  nucleus  contains  a  proton  and  two  neutrons 
(Figure  22.4  ►).ThefH  isotope,  called  deuterium,  comprises  0.01 56%  ol  naturally 

(a)  Protium  <yp 

(b)  I  >euterium  Q 

(c  )  I  ritium 

A  Figure  22.4   Nuclei  of  the  three 
isotopes  of  hydrogen,  (a)  Protium,  |H,  has  a 
single  proton  (depicted  as  a  red  sphere)  in  its 
nucleus  (b)  Deuterium,  fH,  has  a  proton  and  a 
neutron  (depicted  as  a  gray  sphere)  (c)  Tritium, 
|H,  has  a  proton  and  two  neutrons  Remember 
that  the  nuclei  are  very  small1 

*  Giving  unique  names  to  isotopes  is  limited  to  hydrogen.  Because  ol  the  proportionall)  large  dif- 
ferences in  their  masses,  the  isotopes  ot  1 1  show  appreciably  more  differences  in  thru  i  hemk  .il  .nut 

physical  properties  than  isotopes  of  heavier  elements 



942       Chapter  22 Chemistry  of  the  Non metals 

occurring  hydrogen.  It  is  not  radioactive.  Deuterium  is  often  given  the  sym- 
bol D  in  chemical  formulas,  as  in  D20  (deuterium  oxide),  which  is  known  as 

heavy  water. 
Because  an  atom  of  deuterium  is  about  twice  as  massive  as  an  atom  of  pro- 

tium,  the  properties  of  deuterium-containing  substances  vary  somewhat  from 

those  of  the  "normal"  protium-containing  analogs.  For  example,  the  normal 
melting  and  boiling  points  of  D20  are  3.81°C  and  101.42  C,  respectively,  where- 

as they  are  0.0(1  C  and  ]  00.00  C  tor  H20.  Not  surprisingly,  the  density  of  D20  at 

25°C  (1.104  g/mL)  is  greater  than  that  of  H2Q  (0.997  g/mL).  Replacing  protium 
with  deuterium  (a  process  called  deuteration)  can  also  have  a  profound  effect  on 

the  rates  of  reactions,  a  phenomenon  called  a  kinetic-isotope  effect .  In  fact,  heavy 
water  can  be  obtained  by  the  electrolysis  of  ordinary  water  because  D20  under- 

goes electrolysis  at  a  slower  rate  and  therefore  becomes  concentrated  during 
the  electrolysis. 

The  third  isotope,  ̂ H,  is  known  as  tritium  It  is  radioactive,  with  a  half-life 
of  12.3  yr. 

iH   >  |He  +  J/e      f1/2  =  12.3yr  [22.5] 

Tritium  is  formed  continuously  in  the  upper  atmosphere  in  nuclear  reactions 

induced  by  cosmic  rays;  because  of  its  short  half-life,  however,  only  trace  quan- 
tities exist  naturally.  The  isotope  can  be  synthesized  in  nuclear  reactors  by  neu- 
tron bombardment  of  lithium-6. 

^Li  +  lr\   »  iH  +  ̂ He  [22.6] 

Deuterium  and  tritium  have  proved  valuable  in  studying  the  reactions  of 

compounds  containing  hydrogen.  A  compound  can  be  "labeled"  by  replacing 
one  or  more  ordinary  hydrogen  atoms  at  specific  locations  within  a  molecule 

with  deuterium  or  tritium.  By  comparing  the  location  of  the  label  in  the  reac- 
tants  with  that  in  the  products,  the  mechanism  of  the  reaction  can  often  be  in- 

ferred. When  methyl  alcohol  (CH-OH)  is  placed  in  D20,  for  example,  the  H 

atom  of  the  O  —  H  bond  exchanges  rapidly  with  the  D  atoms  in  D20,  forming 
CH^OD.  The  H  atoms  of  the  CH3  group  do  not  exchange.  This  experiment 

demonstrates  the  kinetic  stability  of  C  —  H  bonds  and  reveals  the  speed  at 
which  the  O  —  H  bond  in  the  molecule  breaks  and  re-forms. 

Properties  of  Hydrogen 

Hydrogen  is  the  only  element  that  is  not  a  member  of  any  family  in  the  period- 

ic table.  Because  of  its  Is1  electron  configuration,  it  is  generally  placed  above 
lithium  in  the  periodic  table.  However,  it  is  definitely  not  an  alkali  metal.  It 

forms  a  positive  ion  much  less  readily  than  any  alkali  metal;  the  ionization  en- 
ergy of  the  hydrogen  atom  is  1312kJ/mol,  whereas  that  of  lithium  is 

520  kj/mol. 

Hydrogen  is  sometimes  placed  above  the  halogens  in  the  periodic  table  be- 

cause the  hydrogen  atom  can  pick  up  one  electron  to  form  the  hydride  ion,  H~, 
which  has  the  same  electron  configuration  as  helium.  The  electron  affinity  of 

hydrogen  (E  =  -73  kj/mol),  however,  is  not  as  large  as  that  of  any  halogen;  the 
electron  affinity  of  fluorine  is  -328  kj/mol,  and  that  of  iodine  is  —295  kj/mol. 

In  general,  hydrogen  shows  no  closer  resemblance  to  the  halo- 
gens than  it  does  to  the  alkali  metals. 

Elemental  hydrogen  exists  at  room  temperature  as  a  colorless,  odorless, 
tasteless  gas  composed  of  diatomic  molecules.  We  can  call  H2  dihydrogen,  but 
it  is  more  commonly  referred  to  as  molecular  hydrogen  or  simply  hydrogen. 

Because  H2  is  nonpolar  and  has  only  two  electrons,  attractive  forces  between 

molecules  are  extremely  weak.  As  a  result,  the  melting  point  (-259°C)  and  boil- 
ing point  (— 253°C)  of  H2  are  very  low. 



The  H  —  H  bond  enthalpy  (436  kj/mol)  is  high  for  a  single  bond 

(Table  8.4).  By  comparison,  the  CI  —  CI  bond  enthalpy  is  only  242  kj  mol.  Be- 
cause H2  has  a  strong  bond,  most  reactions  of  Hi  are  slow  at  room  tempera- 
ture. However,  the  molecule  is  readily  activated  by  heat,  irradiation,  or 

catalysis.  The  activation  process  generally  produces  hydrogen  atoms,  which 
are  very  reactive.  Once  H2  is  activated,  it  reacts  rapidly  and  exothermicallv 
with  a  wide  v  ariety  of  substances. 

Hydrogen  forms  strong  covalent  bonds  with  many  elements,  including 
oxygen;  the  O  II  bond  enthalpy  is  4fi3  k|  mol.  I  he  formation  of  the  strong 

O  —  H  bond  makes  hydrogen  an  effective  reducing  agent  for  many  metal  ox- 
ides. When  fb  is  passed  over  heated  CuO,  for  example,  copper  is  produced. 

CuO(s)  +  H2(g)   >  Cu(s)  +  H20(g)  [22.7] 

When  Hi  is  ignited  in  air,  a  vigorous  reaction  occurs,  forming  HiO. 

2H2(g)  +  02(g)  ►  2H2Q(x)       Ml         483.6  kj  [22.8] 

Air  containing  as  little  as  4"/,,  H2  (by  volume)  is  potentially  explosive.  Combus- 
tion of  hydrogen-oxygen  mixtures  is  commonly  used  in  liquid-fuel  rocket  en- 

gines such  as  those  of  the  Space  Shuttles.  The  hydrogen  and  oxygen  are  stored 
at  low  temperatures  in  liquid  form.  The  destruction  of  the  Space  Shuttle 

Challenger  in  1986  occurred  because  of  the  explosion  of  its  hydrogen  and  oxy- 
gen fuel  tanks  caused  by  the  malfunction  of  a  solid-  fuel  booster  rocket. 

Preparation  of  Hydrogen 

When  a  small  quantity  of  H2  is  needed  in  the  laboratory,  it  is  usually  obtained 
by  the  reaction  between  an  active  metal  such  as  zinc  and  a  dilute  strong  acid 
such  as  HC1  or  H2S04 . 

Zn(s)  +  2  H  '  (aq)  >  Zn2+(aq)  +  H2(g)  [22.9] 

Large  quantities  of  1 12  are  produced  by  reacting  methane  (CI  14,  the  princi- 
pal component  of  natural  gas)  with  steam  at  1100  C.  We  can  view  this  process 

as  involving  the  following  reactions: 

CH4(g)  +  H20(£)  -  —  CO(g)  +  3  H2(g)  [22.10] 

CO(g)  +  H2C%)  -  —  C02(g)  +  H2(g)  |22.11| 

When  heated  to  about  1000  C,  carbon  also  reacts  with  steam  to  produce  a  mix- 
ture of  Hi  and  CO  gases. 

C(s)  +  H20(g)  -  —  H2(g)  +  CO(g)  122.12] 

This  mixture,  known  as  water  gas,  is  used  as  an  industrial  fuel. 

Simple  electrolysis  of  water  consumes  too  much  energy  and  is  consequent- 
ly too  costly  to  be  used  commercially  to  produce  Hi.  However,  Hi  is  produced 

as  a  by-product  in  the  electrolysis  of  brine  (NaCl)  solutions  in  the  course  of  Cl2 
and  NaOH  manufacture: 

2  NaCKai?)  +  2  H20(/)  rk,c""Ksls ,  h2(#)  +  Cl2(g)  +  2  NaOH(<uj)  [22.13] 

Uses  of  Hydrogen 

Hydrogen  is  a  commercially  important  substance:  About  2  x  10s  kg  (2( )(),()()()  tons) 
is  produced  annually  in  the  United  States.  Over  two-thirds  of  the  1 1 2  produced  is 
used  to  synthesize  ammonia  by  the  Haber  process.  I  lydrogen  is 
also  used  to  manufacture  methanol  (CH^OH)  via  the  catalytic  reaction  of  CO  and 
H2  at  high  pressure  and  temperature. 

CO(g)  +  2  H2(g)   *  CH3OH(g)  122.14] 
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The  Hydrogen  Economy 

he  reaction  of  hydrogen  with  oxygen  is  highly 
exothermic: 

2  H2(g)  +  02(g) 2H.O(x)  AH  =  -483.6  kj  |22.15] 

Because  the  only  product  of  the  reaction  is  water  vapor,  the 
prospect  of  using  hydrogen  as  a  fuel  in  an  automotive  fuel  cell 
is  attractive.  .  Alternatively,  hydrogen  could 
be  combusted  directly  with  oxygen  from  the  atmosphere  in  an 

internal  combustion  engine.  In  either  case,  it  would  be  neces- 
sary to  generate  elemental  hydrogen  on  a  large  scale  and 

arrange  for  its  transport  and  storage.  The  advantages  of  the 

so-called  hydrogen  economy  must  be  viewed,  therefore,  in 
light  of  the  potential  difficulties  and  costs.  Generation  of  hy- 

drogen from  fossil  fuels  is  feasible,  but  that  strategy  may  cre- 
ate difficulties  in  transport  and  handling  of  hydrogen  gas,  a 

dangerously  combustible  substance. 

Generation  of  H2  through  electrolysis  of  water  is  in  prin- 
ciple the  cleanest  route  because  this  process  produces  only  hy- 

drogen and  oxygen. 
Furthermore,  electrolysis  would  make  it  possible  to  generate 

hydrogen  locally,  thus  avoiding  many  transportation  prob- 
lems. However,  the  energy  required  to  electrolyze  water  must 

come  from  somewhere.  If  we  burn  fossil  fuels  to  generate  the 
electricity  used  for  the  production  of  hydrogen,  we  have  not 
advanced  very  far  toward  a  true  hydrogen  economy.  If  the 

energy  for  electrolysis  came  instead  from  a  hydroelectric  or 
nuclear  power  plant,  from  solar  cells  or  via  wind  generators 
(Figure  22.5  T),  consumption  of  non-renewable  energy 
sources  and  undesired  production  of  CO;  could  be  avoided. 
Related  Exercises:  22.37,  22.38,  22.100 

▲  Figure  22.5  Wind  power.  Windmills  represent  one  pathway  toward 
electrical  energy  that  can  drive  a  hydrogen  economy. 

Binary  Hydrogen  Compounds 

Hydrogen  reacts  with  other  elements  to  form  compounds  of  three  general 

types:  (1)  ionic  hydrides,  (2)  metallic  hydrides,  and  (3)  molecular  hydrides. 

The  ionic  hydrides  are  formed  by  the  alkali  metals  and  by  the  heavier  al- 
kaline earths  (Ca,  Sr,  and  Ba).  These  active  metals  are  much  less  electronegative 

than  hydrogen.  Consequently,  hydrogen  acquires  electrons  from  them  to  form 

hydride  ions  (H~),  as  shown  here: 

2  Li(s)  +  H2(g)   >  2  LiH(s)  [22.16] 

Ca(s)  +  H2(g)   ►  CaH2(s)  [22.17] 

The  ionic  hydrides  are  high-melting  solids  (LiH  melts  at  680°C). 
The  hydride  ion  is  very  basic  and  reacts  readily  with  compounds  having  even 

weakly  acidic  protons  to  form  Hi.  For  example,  H~  reacts  readily  with  H20. MOVIE 

Formation  of  Water  ¥T(aq)  +  H20(Z)   >  H2(g)  +  OH" \aq)  [22.18] 
Ionic  hydrides  can  therefore  be  used  as  convenient  (although  expensive) 

sources  of  H2.  Calcium  hydride  (CaH2)  is  sold  commercially  and  is  used  to  in- 
flate life  rafts,  weather  balloons,  and  the  like,  where  a  simple,  compact  means  of 

generating  H2  is  desired.  The  reaction  of  CaH2  with  H20  is  shown  in 

Figure  22.6  ►. 

The  reaction  between  H~  and  H20  (Equation  22.18)  is  not  only  an  acid-base 
reaction  but  also  a  redox  reaction.  The  H~  ion,  therefore,  is  a  good  base  and  a 
good  reducing  agent.  In  fact,  hydrides  are  able  to  reduce  Q2  to  OH  : 

2  NaH(s)  +  02(g)   *  2  NaOH(s)  [22.19] 
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■4  Figure  22.6   The  reaction  of  CaH2  with 
water,  (a)  Powdered  CaH:  about  to  be  ad 
water,  (b)  The  reaction  is  vigorous  and 
exothermic.  The  reddish  purple  color  is  due  to 
phenolphthalein  added  to  the  water,  which 
indicates  the  formation  of  OH  ions.  The 
bubbling  is  due  to  the  formation  of  H2  gas. 

Thus,  hydrides  are  normally  stored  in  an  en\  ironment  that  is  free  ot  both  mois- 
ture and  air. 

Metallic  hydrides  are  formed  when  hydrogen  reacts  with  transition  met- 
als. These  compounds  are  so  named  because  they  retain  their  metallic  conduc- 

tivity and  other  metallic  properties.  In  many  metallic  hydrides,  the  ratio  of 
metal  atoms  to  hydrogen  atoms  is  not  fixed  or  in  small  whole  numbers.  The 

composition  can  vary  within  a  range,  depending  on  the  conditions  of  synthesis. 
TiH2  can  be  produced,  for  example,  but  preparations  usually  yield  TiH|iS, 

which  has  about  1  ()"..  less  hydrogen  than  Tilb.  I  hese  nonstoichiometric  metal- 
lic hydrides  are  sometimes  called  interstitial  In/drides.  They  may  be  considered 

to  be  solutions  of  hydrogen  atoms  in  the  metal,  with  the  hydrogen  atoms  occu- 
pying the  holes,  or  interstices,  between  metal  atoms  in  the  solid  lattice.  This  is 

an  oversimplification,  however,  because  there  is  evidence  for  chemical  interac- 
tion between  metal  and  hydrogen. 
The  molecular  hydrides,  formed  by  nonmetals  and  semimetals,  are  either 

gases  or  liquids  under  standard  conditions.  The  simple  molecular  hydrides  are 
listed  in  Figure  22.7  ►,  together  with  their  standard  free  energies  of  formation, 

AG^ .  In  each  family  the  thermal  stability  (measured  by  AG°)  decreases  as  we 
move  down  the  family.  (Recall  that  the  more  stable  a  compound  is  with  respect 
to  its  elements  under  standard  conditions,  the  more  negative  AG,  is).  We  will 
discuss  the  molecular  hydrides  further  in  the  course  of  examining  the  other 
non  metal  lie  elements. 

4A 

5  A 6  A 

7A 

CH4(g) 
-50.8 NH3(g) -  16.7 

H2O(0 

-237 
HF(g) 

-271 

SiH4(g) 

+56.9 

PH3(g) 

+  18.2 

H2S(g) 

-33.0 
HCl(g) 
-95.3 

GeH4(g) 

+  1  17 

AsH3(g) 

+  111 

H2Se(g) 

+  71 

HBr(g) -53.2 

SbH3(g) 

+  187 

H2Te(g) 

+  138 

HKx) 

+  1.30 

A  Figure  22.7   Standard  free  energies  of 
formation  of  molecular  hydrides.  All  values 
are  kilojoules  per  mole  of  hydride 

9 GIVE  IT  SOI 

If  the  reaction  H2(y)  *  Se(s)  H2Se(g)  were  at  equilibrium  with  an  H2(g)  pres- 
sure of  1  atm,  would  there  be  much  H2Se(g)  present? 

22.3  I  Group  8A:  The  Noble  Gases 

The  elements  of  group  8A  are  chemically  unreactive.  Indeed,  most  of  our  refer- 
ences to  these  elements  have  been  in  relation  to  their  physical  properties,  as 

when  we  discussed  intermolecular  forces.  The  relative  inert- 

ness of  these  elements  is  due  to  the  presence  of  a  completed  octet  of  valence- 
shell  electrons  (except  He,  which  has  a  filled  Is  shell).  The  stability  of  such  an 
arrangement  is  reflected  in  the  high  ionization  energies  of  the  group  <SA 
elements. 

n 

8A 

2 
He 

10 

1  Ne 
18 
Ar 

Kr 

54 
Xe 
86 

Rn 
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The  group  8A  elements  are  all  gases  at  room  temperature.  They  are  compo- 

nents of  Earth's  atmosphere,  except  for  radon,  which  exists  only  as  a  short- 
lived radioisotope.  21.9)  Only  argon  is  relatively  abundant 

(Table  18.1 ).  Neon,  argon,  krypton,  and  xenon  are  recovered  from  liquid  air  by 
distillation.  Argon  is  used  as  a  blanketing  atmosphere  in  electric  lightbulbs.  The 
gas  conducts  heat  away  from  the  filament  but  does  not  react  with  it.  It  is  also 
used  as  a  protective  atmosphere  to  prevent  oxidation  in  welding  and  certain 

high-temperature  metallurgical  processes.  Neon  is  used  in  electric  signs;  the 
gas  is  caused  to  radiate  by  passing  an  electric  discharge  through  the  tube. 

Helium  is,  in  many  ways,  the  most  important  of  the  noble  gases.  Liquid  he- 
lium is  used  as  a  coolant  to  conduct  experiments  at  very  low  temperatures. 

Helium  boils  at  4.2  K  under  1  atm  pressure,  the  lowest  boiling  point  of  any  sub- 
stance. Fortunately,  helium  is  found  in  relatively  high  concentrations  in  many 

natural-gas  wells.  Some  of  this  helium  is  separated  to  meet  current  demands, 
and  some  is  kept  for  later  use. 

Noble-Gas  Compounds 

Because  the  noble  gases  are  exceedingly  stable,  they  will  undergo  reaction  onlv 
under  rigorous  conditions.  Furthermore,  we  might  expect  that  the  heavier 
noble  gases  would  be  most  likely  to  form  compounds  because  their  ionization 

energies  are  lower  (Figure  7.10).  A  lower  ionization  energy  suggests  the  possi- 
bility  of  sharing  an  electron  with  another  atom,  leading  to  a  chemical  bond.  In 
addition,  because  the  group  8A  elements  (except  helium)  already  contain  eight 

electrons  in  their  valence  shell,  formation  of  covalent  bonds  will  require  an  ex- 
panded valence  shell.  Valence-shell  expansion  occurs  most  readily  with  larger 

atoms. 

The  first  noble-gas  compound  was  prepared  in  1962  by  Neil  Bartlett  while 
he  was  on  the  faculty  of  the  University  of  British  Columbia.  His  work  caused  a 

sensation  because  it  undercut  the  belief  that  the  noble-gas  elements  were  truly 

chemically  inert.  Bartlett  initially  worked  with  xenon  in  combination  with  fluo- 
rine, the  element  we  would  expect  to  be  most  reactive.  Since  that  time  chemists 

have  prepared  several  xenon  compounds  of  fluorine  and  oxygen.  Some  proper- 
ties of  these  substances  are  listed  in  Table  22.1  T.  The  three  fluorides  (XeF2, 

XeF4,  and  XeF6)  are  made  by  direct  reaction  of  the  elements.  By  varying  the 
ratio  of  reactants  and  altering  reaction  conditions,  one  of  the  three  compounds 

can  be  obtained.  The  oxygen-containing  compounds  are  formed  when  the  fluo- 
rides are  reacted  with  water,  as  in  Equations  22.20  and  22.21: 

XeF6(s)  +  H20(/)   ►  XeOF4(/)  +  2  HF(g)  [22.20] 

XeF6(s)  +  3  H20(Z)   ►  XeQ3(aq)  +  6  HF(nq)  [22.21] 

3-D  MODELS 
XeF,,  XeF4,  XeFs 

TABLE  22.1 Properties  of  Xenon  Compounds 

Compound Oxidation  State  of  Xe 
Melting  Point  (°C) 

AHf  (kJ/mol)a 

XeF2 +2 

129 

-109(g) 

XeF4 

-4 

117 

-218(g) 

XeF6 +6 

49 

-298(g) 

\c(  >l  , 

+6 

-41  to  -28 

+  146(/) 

Xe03 

+6 

_b 

+402(s) 

Xe02F2 

+6 

31 

+145(s) 

Xe04 

■  s 

_  c 

'At  25°C,  for  the  compound  in  the  stote  indicated 
''A  solid;  decomposes  ot  41)  C 
'  A  solid,  decomposes  .it  -40  C. 
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M  SAMPLE  EXERCISE  22.3  |  Predicting  a  Molecular  Structure 

Use  the  VSEPR  model  to  predict  the  structure  of  XeF4. 

Solution 

Analyze:  We  must  predict  the  geometrical  structure,  given  only  the  molecular  formula. 
Plan:  To  predict  the  structure,  we  must  first  write  the  Lewis  structure  for  the  mole- 

cule. We  then  count  the  number  of  electron  pairs  (domains)  around  the  central  Xe 
atom  and  use  that  number  and  the  number  of  bonds  to  predict  the  geometry,  as  dis- 

cussed in  Section  9.2. 
Solve:  The  total  number  of  valence-shell  electrons  involved  is  36  (8  from  xenon  and 
7  from  each  of  the  four  fluorines).  This  leads  to  the  Lewis  structure  shown  in 
Figure  22.8(a)  ►.  Xe  has  12  electrons  in  its  valence  shell,  so  vve  expect  an  octahedral 
disposition  of  6  electron  pairs.  Two  of  these  are  nonbonded  pairs.  Because  nonbond- 
ed  pairs  have  a  larger  volume  requirement  than  bonded  pairs  (Section  9.2),  it  is  rea- 

sonable to  expect  these  nonbonded  pairs  to  be  opposite  one  another.  The  expected 
structure  is  square  planar,  as  shown  in  Figure  22.8(b). 
Comment:  The  experimentally  determined  structure  agrees  with  this  prediction. 

WM  PRACTICE  EXERCISE 

Describe  the  electron-domain  geometry  and  the  molecular  geometry  ot  XeF2- 
Answer:  trigonal  bipyramidal,  linear 

(a) 

Xe 

(b) 

▲  Figure  22.8   Xenon  tetrafluoride. 
(a)  Lewis  structure,  (b)  Molecular  geometry 

The  enthalpies  of  formation  of  the  xenon  fluorides  are  negative  (Table  22. 1 ), 

which  suggests  that  these  compounds  should  be  reasonably  stable.  This  is  in- 
deed found  to  be  the  case.  They  are,  however,  powerful  fluorinating  agents  and 

must  be  handled  in  containers  that  do  not  readily  react  to  form  fluorides.  The 

enthalpies  of  formation  of  the  oxyfluorides  and  oxides  of  xenon,  on  the  other 
hand,  are  positive,  so  these  compounds  are  quite  unstable. 

The  other  noble-gas  elements  form  compounds  much  less  readily  than 
xenon.  Only  one  binary  krypton  compound,  Krl  2,  is  known  with  certainty,  and 

it  decomposes  to  its  elements  at  -10°C. 

22.4  I  Group  7A:  The  Halogens 

The  elements  of  group  7A,  the  halogens,  have  outer  electron  configurations  ot 

ns  np  ,  where  11  ranges  from  2  through  6.  The  halogens  have  large  negativ  e  elec- 
tron affinities  (Section  7.5),  and  they  most  often  achieve  a  noble-gas  configura- 

tion by  gaining  an  electron,  which  results  in  a  -  1  oxidation  state.  Fluorine,  being 
the  most  electronegative  element,  exists  in  compounds  only  in  the  I  state.  The 
other  halogens  also  exhibit  positive  oxidation  states  up  to  +7  in  combination 
with  more  electronegative  atoms  such  as  O.  In  the  positive  oxidation  states  the 
halogens  tend  to  be  good  oxidizing  agents,  readily  accepting  electrons. 

Chlorine,  bromine,  and  iodine  are  found  as  the  halides  in  seawater  and  in 

salt  deposits.  The  concentration  of  iodine  in  these  sources  is  very  small,  but  it  is 
concentrated  by  certain  seaweeds.  When  they  are  harvested,  dried,  and  burned, 
iodine  can  be  extracted  from  the  ashes.  Fluorine  occurs  in  the  minerals  fluorspar 

(CaF2),  cryolite  (Na^AlFJ,  and  fluorapatite  [CasCPO^F].*  Only  fluorspar  is  an 
important  commercial  source  of  fluorine. 

All  isotopes  of  astatine  are  radioactive.  The  longest  lived  isotope  is  astatine- 
210,  which  has  a  half-life  of  8.1  hr  and  decays  mainly  by  electron  capture.  Be- 

cause astatine  is  so  unstable  to  nuclear  decay,  very  little  is  known  about  its 
chemistry. 

(  ! 

"1 

9 
F 

17 
CI 

35 
lir 

53 
1 

85 

A  l 

*  Minerals  are  solid  substances  that  occur  in  nature.  Thev  are  usually  known  In  their  common 
names  rather  than  by  their  chemical  names.  What  we  know  as  rock  is  merely  an  aggregate  ot  differ- ent kinds  of  minerals. 
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1  TABLE  22.2   Some  Properties of  the  Halogens 
Property 

1 

CI 

Bi I 

/AUMlllC  lilUlllS  \  '\) M  71 U./  1 

U.  77 

i  i  i 1.14 
1  .3.7 I (\t~\ i /■>  T*ajHiiic    X    f  A  ̂  U  N  IK   1  il  H  1  LI  >,  r\     \  r\  1 

I  ..  >.» 

1 .0  1 
1  .vn 

 11 

I              KUll/d  lit  M  1  LIICI^V    1K|     II  1 1  >  l 1  no  i 1  1  4U 1  uuo 

Electron  affinity  (kj  mol) 

-328 

-349 
-325 

-295 

Electronegath  ity 

4.0 
3.0 2.8 2.5 

X  —  X  single-bond  enthalpy 

(kj  mol) 

155 
242 193 151 

Reduction  potential  (V): 

\X2(aq)  +  e   >  X~(aq) 
2.87 

1.36 1.07 

0.54 

MOVIES 
Physical  Properties  of  the  Halogens, 
Formation  of  Sodium  Chloride 

Properties  and  Preparation  of  the  Halogens 

Some  of  the  properties  of  the  halogens  are  summarized  in  Table  22.2  ▲.  Most 
of  the  properties  vary  in  a  regular  fashion  as  we  go  from  fluorine  to  iodine. 
The  electronegativity  steadily  decreases,  for  example,  from  4.0  for  fluorine  to 

2.3  for  iodine.  The  halogens  have  the  highest  electronegativities  in  each  hori- 
zontal row  of  the  periodic  table.  Under  ordinary  conditions  the  halogens  exist 

as  diatomic  molecules.  The  molecules  are  held  together  in  the  solid  and  liquid 
states  by  London  dispersion  forces.  Because  U  is  the  largest 

and  most  polarizable  of  the  halogen  molecules,  the  intermolecular  forces  be- 
tween I2  molecules  are  the  strongest.  Thus,  N  has  the  highest  melting  point 

and  boiling  point.  At  room  temperature  and  1  atm  pressure,  I2  is  a  solid,  Br2  is 

a  liquid,  and  Cl2  and  F2  are  gases.  Chlorine  readily  liquefies  upon  compres- 
sion at  room  temperature  and  is  normallv  stored  and  handled  in  liquid  form 

in  steel  containers. 

The  comparatively  low  bond  enthalpv  in  F2  (155  kj  mol)  accounts  in  part 

for  the  extreme  reactivity  of  elemental  fluorine.  Because  of  its  high  reactivity, 
F2  is  verv  difficult  to  work  with.  Certain  metals,  such  as  copper  and  nickel, 
can  be  used  to  contain  F2  because  their  surfaces  form  a  protective  coating  of 
metal  fluoride.  Chlorine  and  the  heavier  halogens  are  also  reactive,  although 
less  so  than  fluorine.  Thev  combine  directlv  with  most  elements  except  the 
noble  gases. 

Because  of  their  high  electronegativities,  the  halogens  tend  to  gain  elec- 
trons from  other  substances  and  thereby  serve  as  oxidizing  agents.  The  oxidiz- 

ing ability  of  the  halogens,  which  is  indicated  by  their  standard  reduction 
potentials,  decreases  going  down  the  group.  As  a  result,  a  given  halogen  is  able 
to  oxidize  the  anions  of  the  halogens  below  it  in  the  group.  For  example,  Cl2 

will  oxidize  Br~  and  I~,  but  not  F~,  as  seen  in  Figure  22.9  -4. 

▲  Figure  22.9   Reaction  of  Cl2  with 
aqueous  solutions  of  NaF,  NaBr,  and  Nal. 
Each  solution  is  in  contact  with  carbon 
tetrachloride  (CCI4),  which  forms  the  lower  layer 
in  each  container.  The  halogens  are  more  soluble 
in  CCI4  than  in  H20.  Because  the  F  ion  in  the 
NaF  solution  (left)  does  not  react  with  Cl2,  both 
the  aqueous  layer  and  the  CCI4  layer  remain 
colorless.  The  Br  ion  in  the  NaBr  solution 
(center)  is  oxidized  by  Cl2  to  form  Br2,  producing 
a  yellow  aqueous  layer  and  an  orange  CCI4  layer. 
The  I  ion  in  the  Nal  solution  (right)  is  oxidized  to 
l2,  producing  an  amber  aqueous  layer  and  a 
violet  CO.,  layer. 

H  SAMPLE  EXERCISE  22.4  |  Predicting  Chemical  Reactions  Among  the  Halogens 

Write  the  balanced  equation  for  the  reaction,  if  anv,  that  occurs  between  (a)  l'(aq) 
and  Br2(/),  (b)  C\~(aq)  and  I2(s). 
Solution 
Analyze:  We  are  asked  to  determine  w  hether  a  reaction  occurs  when  a  particular 
halide  and  halogen  are  combined. 
Plan:  A  given  halogen  is  able  to  reduce  anions  of  the  halogens  below  it  in  the  peri- 

odic table.  Thus,  the  smaller  (low  er  atomic  number)  halogen  w  ill  end  up  as  the  halide 
ion.  If  the  halogen  with  smaller  atomic  number  is  already  the  halide,  there  will  be  no 
reaction.  Thus,  the  kev  to  determining  whether  or  not  a  reaction  will  occur  is  locating 
the  elements  in  the  periodic  table. 
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Solve:  (a)  Bn  is  able  to  oxidize  (remove  electrons  from)  the  anions  of  the  halogens 
below  it  in  the  periodic  table.  Thus,  it  will  oxidize  1  . 

2  I  (aq)  +  Br:(/)   ►  I2(s)  +  2  Br  (aq) 

(b)  CI    is  the  anion  of  a  halogen  above  iodine  in  the  periodic  table.  Thus,  I2 
cannot  oxidize  CI  ;  there  is  no  reaction. 

■■  PRACTICE  EXERCISE 

Write  the  balanced  chemical  equation  for  the  reaction  that  occurs  between  Br  (i/</) 
and  CNfrti/)- 

Answer:  2  Br  {aq)  +  Cl2(aq)   ►  Br2(7)  4  2  CI  (aq) 

Notice  in  Table  22.2  that  the  reduction  potential  of  F2  is  exceptionally  high. 
Fluorine  gas  readily  oxidizes  water: 

¥2(aq)  +  H2Q(/)  2  H¥(aq)  f  \  02Q?)       ED      1.80  V  [22.22] 

Fluorine  cannot  be  prepared  by  electrolytic  oxidation  of  aqueous  solutions  of  flu- 
oride salts  because  water  itself  is  oxidized  more  readily  than  F  . 

In  practice,  the  element  is  formed  by  electrolytic  oxidation  of  a  solution  of  KF  in 

anhydrous  HF.  The  KF  reacts  with  HF  to  form  a  salt,  K+HF2~,  which  acts  as  the 
current  carrier  in  the  liquid.  (The  HF2  ion  is  stable  because  of  very  strong  hydro- 

gen bonding).  The  overall  cell  reaction  is 

2  KHF2(/)   ►  H2(g)  +  F2(g)  +  2  KF(/)  [22.23] 

Chlorine  is  produced  mainly  by  electrolysis  ol  cither  molten  or  aqueous 
sodium  chloride,  as  described  in  Sections  20.9  and  23.4.  Both  bromine  and  io- 

i    dine  are  obtained  commercially  from  brines  containing  the  halide  ions  by  oxi- 
dation with  Cl2. 

Uses  of  the  Halogens 

Fluorine  is  an  important  industrial  chemical.  It  is  used,  for  example,  to  prepare 

fluorocarbons — very  stable  carbon-fluorine  compounds  used  as  refrigerants, 

lubricants,  and  plastics.  Teflon'  (Figure  22. 10  ►)  is  a  polymeric  fluorocarbon 
noted  for  its  high  thermal  stability  and  lack  of  chemical  reactivity.  (The  "Chem- 

istry at  Work"  box  in  Section  25.4  describes  the  discovery  of  this  interesting  and 
important  material.) 

Chlorine  is  by  far  the  most  commercially  important  halogen.  About 

1.2  X  10  kg  (14  million  tons)  of  Cl2  is  produced  annually  in  the  United  States. 

In  addition,  hydrogen  chloride  production  is  about  4.0  -  10'  kg  (4.4  million 
tons)  annually.  About  half  of  this  chlorine  finds  its  way  eventually  into  the 

manufacture  of  chlorine-containing  organic  compounds  such  as  vinyl  chloride 
(C2H^C1),  used  in  making  polyvinyl  chloride  (PVC)  plastics. 

Much  of  the  remainder  is  used  as  a  bleaching  agent  in  the  paper  and  textile  in- 
dustries. When  Cl2  dissolves  in  cold  dilute  base,  it  disproportionates  into  CI 

and  hypochlorite,  CIO  . 

C\2(«q)  +  2  OH  {aq)         CI  (aq)  +  CIO  {aq)  t  H20(/)  [22.24) 

Sodium  hypochlorite  (NaCIO)  is  the  active  ingredient  in  many  liquid  bleaches. 
Chlorine  is  also  used  in  water  treatment  to  oxidize  and  thereby  destroy 
bacteria. 

Neither  bromine  nor  iodine  is  as  widely  used  as  fluorine  and  chlorine. 

Bromine,  however,  is  needed  for  the  silver  bromide  used  in  photographic  film. 

A  common  use  of  iodine  is  as  Kl  in  table  salt.  Iodized  salt  (Figure  22. 1 1  ►)  pro- 
vides the  small  amount  of  iodine  necessary  in  our  diets;  it  is  essential  for  the 

formation  of  thyroxin,  a  hormone  secreted  by  the  thyroid  gland.  I  ack  of  iodine 
in  the  diet  results  in  an  enlarged  thyroid  gland,  a  condition  called  goiter. 

1 

▲  Figure  22.10   Structure  of  Teflon " ,  a fluorocarbon  polymer.  This  polymer  is  an 
analog  of  polyethylene  (Section  12.2)  in  which  the 
H  atoms  of  polyethylene  have  been  replaced  with 
F  atoms. 

A  Figure  22.11    Iodized  salt.  Common 
table  salt  that  has  been  iodized  contains  0.02%  Kl 

by  mass. 
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▲  Figure  22.12  Reaction  of  H2S04  with 
Nal  and  NaBr.  (a)  Sodium  iodide  is  in  the  left 
test  tube,  and  sodium  bromide  is  in  the  tube  on 
the  right.  Sulfuric  acid  is  in  the  pipet.  (b)  Addition 
of  sulfuric  acid  to  the  test  tubes  oxidizes  sodium 
iodide  to  the  dark-colored  iodine  seen  in  the  tube 
on  the  left.  Sodium  bromide  is  oxidized  to  the 

yellow-brown  bromine  in  the  right  tube.  When 
more  concentrated,  bromine  has  a  reddish  brown 
color. 

The  Hydrogen  Halides 

All  of  the  halogens  form  stable  diatomic  molecules  with  hydrogen.  Aqueous 
solutions  of  HCI,  HBr,  and  HI  arc  strong  acids. 

The  hydrogen  halides  can  be  formed  by  direct  reaction  of  the  elements.  The 
most  important  means  of  preparing  them,  however,  is  by  reacting  a  salt  of  the 

halide  with  a  strong  nonvolatile  acid.  Hydrogen  fluoride  and  hydrogen  chlo- 
ride are  prepared  in  this  manner  by  reaction  of  an  inexpensive,  readily  avail- 
able salt  with  concentrated  sulfuric  acid. 

CaF2(s)  +  H2S04(/) 

NaCl(s)  +  H2S04(/) 

2HF(£)  +  CaS04(s)  [22.25] 

HCl(x)  +  NaHSQ4(s)  [22.26] 

Neither  hydrogen  bromide  nor  hydrogen  iodide  can  be  prepared  by  analo- 

gous reactions  of  salts  with  H2S04  because  H2S04  oxidizes  Br"  and  I 
(Figure  22.12  A).  This  difference  in  reactivity  reflects  the  greater  ease  of  oxida- 

tion of  Br~  and  I  relative  to  F  and  CP.  These  undesirable  oxidations  are 
avoided  by  using  a  nonvolatile  acid,  such  as  H^P04,  that  is  a  weaker  oxidizing 
agent  than  H2S04 . 

WM  SAMPLE  EXERCISE  22.5  |  Writing  a  Balanced  Chemical  Equation 

Write  a  balanced  equation  for  the  formation  of  hydrogen  bromide  gas  from  the  reac- 
tion ef  solid  sodium  bromide  with  phosphoric  acid. 

Solution 

Analyze:  We  are  asked  to  write  a  balanced  equation  for  the  reaction  between  NaBr 
and  H-;P04  to  form  HBr  and  another  product. 

Plan:  As  in  Equations  22.25  and  22.26,  a  metathesis  reaction  takes  place.  Let's  as- 
sume that  only  one  of  the  hydrogens  of  H3P04  undergoes  reaction.  (The  actual  num- 

ber depends  on  the  reaction  conditions.)  Thus,  the  remaining  H2P04~  ion  will  be 
associated  with  the  Na^  ion  as  NaH2P04  among  the  products  of  the  equation. Solve:  The  balanced  equation  is 

NaBr(s)  +  H3P04(mj) NaH2P04(s)  +  HBr(x) 

PRACTICE  EXERCISE 

Write  the  balanced  equation  for  the  preparation  of  HI  from  Nal  and  H3P04. 
Answer.  Nal(s)  +  H,PQ4(/)   ►  NaH2P04(s)  +  HI(g) 

The  hydrogen  halides  form  hydrohalic  acid  solutions  when  dissolved  in 

water.  These  solutions  exhibit  the  characteristic  properties  of  acids,  such  as  re- 
actions with  active  metals  to  produce  hydrogen  gas.  (Sec  tion  4.4)  Hydro- 

fluoric acid  also  reacts  readily  with  silica  (Si02)  and  with  various  silicates  to 
form  hexafluorosilicic  acid  (H2SiF6),  as  in  these  examples: 

Si02(s)  +  6  HF(aq) 

CaSiCh(s)  +  8  HF(aq) 

H2SiF6(rt<7)  +  2  H20(/) [22.27] 

H2SiFh(<?</)  +  CaF2(s)  +  3  H20(/)  [22.28] 

Glass  consists  mostly  of  silicate  structures  (Section  22.10),  and  these  reactions 
allow  HF  to  etch,  or  frost,  glass  (Figure  22.13  ►).  It  is  also  the  reason  that  HF  is 
stored  in  wax  or  plastic  containers  rather  than  glass. 

Interhalogen  Compounds 

Because  the  halogens  exist  as  diatomic  molecules,  diatomic  molecules  of  two 
different  halogen  atoms  exist.  These  compounds  are  the  simplest  examples  of 

interhalogens,  compounds,  such  as  C1F  and  IF5,  formed  between  two  different 
halogen  elements. 
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With  one  exception,  the  higher  interhalogen  compounds  have  a  central  CI,  Br, 
or  I  atom  surrounded  by  3,  5,  or  7  fluorine  atoms.  The  large  si/e  of  the  iodine  atom 

allows  the  formation  of  IF3/  IF-,,  and  \7,  in  which  the  oxidation  state  of  I  is  +3,  +5, 
and  +  7,  respectively.  With  a  central  bromine  atom,  which  is  smaller  than  an  iodine 
atom,  only  BrF3  and  BrF^  can  be  formed.  Chlorine,  which  is  smaller  still,  can  form 

C1F3  and,  with  difficulty,  CIF^.  The  only  higher  interhalogen  compound  that  does 
not  have  outer  F  atoms  is  ICh:  the  large  si/e  of  the  I  atom  can  accommodate  three 
CI  atoms,  whereas  Br  is  not  large  enough  to  allow  BrCl3  to  form. 

Because  the  interhalogen  compounds  contain  a  halogen  atom  in  a  positive 

oxidation  state,  they  are  exceedingly  reactive.  They  invariably  are  powerful  ox- 
idizing agents.  When  the  compound  acts  as  an  oxidant,  the  oxidation  state  of 

the  central  halogen  atom  is  decreased  (usually  to  0  or    1 )  as  in  the  reaction 

2CoCl2(s)  +  2ClF3(g)  >  2CoF3(s)  +  3Cl2(g)  [22.24] 

H  SAMPLE  EXERCISE  22.6  |  Writing  a  Balanced  Chemical  Equation 

Under  controlled  conditions,  BrF-^x)  reacts  with  tetrafluoroethylene,  C2F4QJ),  to  form 
hexafluoroethylene,  C^F^fe).  Write  a  likely  balanced  equation  for  this  process. 

Solution 

Analyze:  We  are  asked  to  write  a  balanced  equation  for  the  reaction  in  which  Brl  , 
fluorinates  an  organic  substance. 

Plan:  Wt  expect  that  BrF-*  will  act  as  the  oxidizing  agent,  adding  fluorine  to  tetraflu- 
oroethylene. In  the  process,  the  bromine  will  likely  be  reduced  to  elemental  bromine, 

analogously  to  the  reaction  shown  in  Equation  22.29. 
Solve:  The  unbalanced  equation  for  the  reaction  is 

BrF3(g)  -  C2F4(g)   >  Br2(£)  +  C2F6(g) 

We  first  balance  the  Br  atoms  by  adding  a  second  BrF^fe)  on  the  left  side  of  the  equa- 
tion. The  two  BrF^  give  us  six  F  atoms  to  be  added  to  OF^x).  Each  C2F4  takes  two  F 

atoms.  We  thus  need  three  CtF.^')  molecules  on  the  left.  The  final  balanced  equation  is 

BrF,(,e)  +  3  C2F4(g) Br2(g)  +  3C2F6(g) 

PRACTICE  EXERCISE 

Write  a  plausible  balanced  chemical  equation  for  the  reaction  of  gaseous  BrF  with 
solid  sulfur  to  form  gaseous  SF4. 

Answer:  32  BrF(g)  +  S8(s)   »  8SF4(g)  +  16  Br2(g) 

▲  Figure  22.13   Etched,  or  frosted,  glass. 
Designs  such  as  this  are  produced  by  first  coating 
the  glass  with  wax  and  then  removing  the  wax 
only  in  the  areas  to  be  etched.  When  treated  with 
hydrofluoric  acid,  the  exposed  areas  of  the  glass 
are  attacked,  producing  the  etching  effect. 

Oxyacids  and  Oxyanions 

Table  22.3  T  summarizes  the  formulas  of  the  known  oxyacids  of  the  halogens 

and  the  way  they  are  named.*  The  acid  strengths  of  the  oxy- 
acids increase  with  increasing  oxidation  state  of  the  central  halogen  atom. 

TABLE  22.3   The  Oxyacids  of  the  Halogens 

Oxidation Formula  of  Acid 
State  of 

Halogen CI Br 1 Acid  Name 
■  ! HCIO HBrO HIO 

Hi//)ohalo//s  acid +3 HC102 Haloi/s  ac  id 
•  =i HCIOt 

HBr03 

HIO3 

Hal/c  acid 
+7 HCIO4 HB1-O4 1 IIO4,  H5IQ6 

Perhalic  acid 

*  Fluorine  forms  one  oxyacid,  HOI .  Because  the  electronegativity  of  fluorine  is  greater  than  that  of 
oxygen,  we  must  consider  fluorine  to  be  in  .1  I  oxidation  state  and  oxygen  to  be  in  the  0  oxidation 
state  in  this  compound. 
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Hon  16.10)  All  the  oxyacids  are  strong  oxidizing  agents.  The  oxvanions, 

formed  on  removal  of  H  '  from  the  oxyacids,  are  generally  more  stable  than  the 
oxyacids.  Hypochlorite  salts  are  used  as  bleaches  and  disinfectants  because  of 
the  powerful  oxidizing  capabilities  of  the  CIO  ion.  Sodium  chlorite  is  used  as 

a  bleaching  agent.  Chlorate  salts  are  similarly  very  reactive.  For  example, 
potassium  chlorate  is  used  to  make  matches  and  fireworks. 

Q    GIVE  IT  SOME  THOUGHT 

Would  you  expect  NaBr03  to  be  a  strong  oxidizing  agent? 

▲  Figure  22.14   Launch  of  the  Space 
Shuttle  Columbia  from  the  Kennedy 
Space  Center. 

H 
H  H 

9 

Figure  22.15   Paraperiodic  acid  (H5i06) 

Perchloric  acid  and  its  salts  are  the  most  stable  of  the  oxyacids  and  oxvan- 
ions. Dilute  solutions  of  perchloric  acid  are  quite  safe,  and  most  perchlorate 

salts  are  stable  except  when  heated  with  organic  materials.  When  heated,  per- 
chlorates  can  become  vigorous,  even  violent,  oxidizers.  Considerable  caution 

should  be  exercised,  therefore,  when  handling  these  substances,  and  it  is  cru- 
cial to  avoid  contact  between  perchlorates  and  readilv  oxidized  material  such 

as  active  metals  and  combustible  organic  compounds.  The  use  of  ammonium 

perchlorate  (\:H4C104)  as  the  oxidizer  in  the  solid  booster  rockets  for  the 
Space  Shuttle  demonstrates  the  oxidizing  power  of  perchlorates.  The  solid 

propellant  contains  a  mixture  of  \H4C104  and  powdered  aluminum,  the  re- 

ducing agent.  Each  shuttle  launch  requires  about  6  x  10°  kg  (700  tons)  of 
\H4C104  (Figure  22.14  <  ). 

There  are  two  oxvacids  that  have  iodine  in  the  -7  oxidation  state.  These  pe- 
riodic acids  are  HIQ4  (called  metaperiodic  acid)  and  H?I06  (called  paraperiod- 

ic acid).  The  two  forms  exist  in  equilibrium  in  aqueous  solution. 
H5l06(aq) 

H><j)  +  lO^(aq)  +  2H20(/)       Keq  =  0.015  [22.30] 

HI04  is  a  strong  acid,  and  f-UIOh  is  a  weak  one;  the  first  two  acid-dissociation 

constants  for  H3IOh  are  Kfl]  =  2.8  x  10~2  and  Ka2  =  4.9  x  10-9.  The  structure 
of  H^IOf,  is  given  in  Figure  22.15  4  .  The  large  size  of  the  iodine  atom  allows  it 
to  accommodate  six  surrounding  oxvgen  atoms.  The  smaller  halogens  do  not 
form  acids  of  this  type. 

CHEMISTRY  AND  LIFE  I  How  Much  Perchlorate  Is  Too  Much? 

S 
ince  the  1950s  both  NASA  and  the  Pentagon  have  used 
ammonium  perchlorate,  \H4C104,  as  a  rocket  fuel  or  in 

munitions.  The  result  is  that  traces  of  perchlorate  ion  are 
found  in  groundwater  in  manv  regions  of  the  United  States, 
with  levels  ranging  from  about  4  to  100  ppb.  Perchlorate  is 
known  to  suppress  hormone  levels  in  humans  bv  acting  in  the 

thyroid  gland,  and  there  is  concern  that  perchlorate  may  espe- 
cially impair  the  development  of  fetuses  and  young  children. 

However,  it  is  disputed  whether  the  amounts  found  in  drink- 
ing water  are  sufficiently  high  to  cause  health  problems.  The 

Environmental  Protection  Agency  has  proposed  a  recom- 
mended limit  of  1  ppb  in  drinking  water.  This  figure  is  vigor- 

ouslv  disputed  bv  the  Pentagon  and  bv  industries  that  have 
done  government  work  that  involves  perchlorates.  They 

argue  tor  a  standard  limit  of  200  ppb,  which  would  likely  ex- 
empt most  contamination  from  cleanup.  California  has  set  an 

interim  >afetv  level  of  2  to  6  ppb  and  has  ordered  water  sys- 
tems not  to  exceed  40  ppb. 

Removal  of  perchlorate  ion  from  water  supplies  is  not  an 
easv  matter.  Although  perchlorate  is  an  oxidizing  agent,  the 
004  ion  is  quite  stable  in  aqueous  solution.  One  promising 

avenue  is  to  emplov  biological  reduction,  using  microorgan- 
isms. While  research  continues  on  the  best  means  of  reducing 

perchlorate  levels  in  drinking  water,  agencies  of  the  federal 

government  continue  to  disagree  about  appropriate  target  lex  - 
els  and  about  who  must  shoulder  the  costs. 
Related  Exercises:  22.39,  22.40,  22.102 
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22.5  |  Oxygen  

By  the  middle  of  the  seventeenth  century,  scientists  recognized  that  air  con- 
tained a  component  associated  with  burning  and  breathing.  That  component 

was  not  isolated  until  1774,  howev  er,  w  hen  [oseph  Priestley  (Figure  22.16  ►) 

discovered  oxvgen.  Lavoisier  subsequently  named  the  element  oxygen,  mean- 

ing "acid  former." 
Oxygen  is  found  in  combination  w  ith  other  elements  in  a  great  variety  of 

compounds.  Indeed,  oxygen  is  the  most  abundant  element  by  mass  both  in 

Earth's  crust  and  in  the  human  body.  It  is  the  oxidizing  agent  for  the  metabo- 
lism of  our  foods  and  is  crucial  to  human  life. 

Properties  of  Oxygen 

Oxvgen  has  two  allotropes,  O2  and  O3.  When  w  e  speak  of  molecular  oxygen  or 

simply  oxvgen,  it  is  usually  understood  that  we  are  speaking  of  dioxygen  (Oo), 
the  normal  form  of  the  element;  O3  is  called  ozone. 

At  room  temperature  dioxygen  is  a  colorless  and  odorless  gas.  It  condenses 

to  a  liquid  at  -183  C  and  freezes  at  -218  C.  It  is  only  slightly  soluble  in  w  ater, 
but  its  presence  in  water  is  essential  to  marine  life. 

The  electron  configuration  of  the  oxygen  atom  is  [I  le]2s-2/>4.  Thus,  oxygen 
can  complete  its  octet  of  electrons  either  by  picking  up  two  electrons  to  form  the 
oxide  ion  (O  )  or  by  sharing  two  electrons.  In  its  covalent  compounds  it  tends 
to  form  two  bonds:  either  as  two  single  bonds,  as  in  I  NO,  or  as  a  double  bond,  as 

in  formaldehyde  (H2C=0).  The  0:  molecule  itself  contains  a  double  bond. 

The  bond  in  O2  is  very  strong  (the  bond  enthalpy  is  495  kj  mol).  Oxygen 

also  forms  strong  bonds  with  many  other  elements.  Consequently,  many  oxy- 
gen-containing compounds  are  thermodynamically  more  stable  than  0;.  m  the 

absence  of  a  catalyst,  however,  most  reactions  of  O2  have  high  activation  ener- 
gies and  thus  require  high  temperatures  to  proceed  at  a  suitable  rate.  Once  a 

sufficiently  exothermic  reaction  begins,  however,  it  may  accelerate  rapidly,  pro- 
ducing a  reaction  of  explosive  violence. 

A  Figure  22.16   Joseph  Priestley 
(1733-1804).  Priestley  became  interested  in 
chemistry  at  the  age  of  39.  Priestley  lived  next 
door  to  a  brewery  from  which  he  could  obtain 
carbon  dioxide,  so  his  studies  focused  on  this  gas 
first  and  were  later  extended  to  other  gases. 
Because  he  was  suspected  of  sympathizing  with 
the  American  and  French  revolutions,  his  church, 
home,  and  laboratory  in  Birmingham,  England, 
were  burned  by  a  mob  in  1791  Priestley  had  to 
flee  in  disguise.  He  eventually  emigrated  to  the 
United  States  in  1794,  where  he  lived  his 
remaining  years  in  relative  seclusion  in 
Pennsylvania. 

MOVIE 
Reactions  with  Oxygen 

Preparation  of  Oxygen 

Nearly  all  commercial  oxygen  is  obtained  from  air.  The  normal  boiling  point  of 

O2  is  -183  C,  whereas  that  of  Ni,  the  other  principal  component  of  air,  is 

—  196°C.  Thus,  when  air  is  liquefied  and  then  allowed  to  warm,  the  \^  boils  off, 
leaving  liquid  O2  contaminated  mainly  by  small  amounts  of  N2  and  Ar. 

A  common  laboratory  method  for  preparing  tT  is  the  thermal  decomposi- 
tion of  potassium  chlorate  (KCIO-s),  with  manganese  dioxide  (MnO^)  added  as 

a  catalyst: 

2  KC103(s)     N'n°:  »  2  KCl(s)  +  3  02(g)  [22.31] 

Much  of  the  02  in  the  atmosphere  is  replenished  through  the  process  of 
photosynthesis,  in  which  green  plants  use  the  energy  of  sunlight  to  generate  O2 

from  atmospheric  C02  -  Photosynthesis,  therefore,  not  only  regenerates  0:,  but 
also  uses  up  COi. 

Uses  of  Oxygen 

Oxygen  is  one  of  the  most  widely  used  industrial  chemicals,  ranking  behind 

only  sulfuric  acid  (H2S04)  and  nitrogen  (N2).  About  2.5  ■  1010  kg  (28  million 
tons)  of  O2  is  used  annually  in  the  United  States.  Oxygen  can  be  shipped  and 
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A  Figure  22.17  Welding  with  an 
oxyacetylene  torch.  The  heat  of  combustion  of 
acetylene  is  exceptionally  high,  thus  giving  rise  to 
a  very  high  flame  temperature. 

117° 

▲  Figure  22.18  Structure  of  the  ozone 
molecule. 

stored  either  as  a  liquid  or  in  steel  containers  as  a  compressed  gas.  About  707., 
of  the  O2  output,  however,  is  generated  where  it  is  needed. 

Oxygen  is  by  far  the  most  widely  used  oxidizing  agent.  Over  half  of  the  02 
produced  is  used  in  the  steel  industry,  mainly  to  remove  impurities  from  steel.  It  is 
also  used  to  bleach  pulp  and  paper.  (Oxidation  of  colored  compounds  often  gi\  es 
colorless  products.)  In  medicine,  oxygen  eases  breathing  difficulties.  It  is  also  used 
together  with  acetylene  (C2H2)  in  oxyacetylene  welding  (Figure  22.17  <).  The 
reaction  between  C2H2  and  02  is  highly  exothermic,  producing  temperatures  in 
excess  of  3000  C: 

2C2H2(,v>)  +  5  02(tf) 4C02(x)  +  2  H20(x)  AFT 

-2510  kj 

[22.32] 

Ozone 

Ozone  is  a  pale  blue  poisonous  gas  with  a  sharp,  irritating  odor.  Most  people 
can  detect  about  0.01  ppm  in  air.  Exposure  to  0.1  to  1  ppm  produces  headaches, 
burning  eyes,  and  irritation  to  the  respiratory  passages. 

The  structure  of  the  O^  molecule  is  shown  in  Figure  22.18  A  .  The  molecule 
possesses  a   tt  bond   that  is  delocalized   over  the  three  oxvgen  atoms. 

The  molecule  dissociates  readily,  forming  reactive  oxygen 
atoms: 

OA') 02(x)  +  0(x)       AFT  =  105  kj 
[22.33] 

Ozone  is  a  stronger  oxidizing  agent  than  dioxygen.  One  measure  of  this  oxi- 
dizing power  is  the  high  standard  reduction  potential  of  O^,  compared  to  that 

of  Oo . 

03(g)  +  2  H+(aq)  +  2e 

02(g)  +  4  FT (</</)  +  4e 

02(g)  +  H20(/)  £°  =  2.07  V  [22.34] 

2  H20(/)  £°  =  1.23  V  [22.35] 

Ozone  forms  oxides  with  many  elements  under  conditions  where  02  will  not 
react;  indeed,  it  oxidizes  all  the  common  metals  except  gold  and  platinum. 

Ozone  can  be  prepared  by  passing  electricity  through  dry  02  in  a  flow- 
through  apparatus.  The  electrical  discharge  causes  rupture  of  the  02  bond,  re- 

sulting in  reactions  like  those  described  in  Section  18.3. 

„  ̂   ,  ,    electricity      _  „  .  , 
3  02(g)  —  2  03(g) 

AFT 

285  kj 

[22.36] 

Ozone  cannot  be  stored  for  long,  except  at  low  temperature,  because  it  readilv 
decomposes  to  02.  The  decomposition  is  catalvzed  by  certain  metals,  such  as 

Ag,  Pt,  and  Pd,  and  by  many  transition-metal  oxides. 

WM  SAMPLE  EXERCISE  22.7  |  Calculating  an  Equilibrium  Constant 

Using  AG°  for  ozone  from  Appendix  C,  calculate  the  equilibrium  constant,  K,  for  Equation  22.36  at  298.0  K,  assuming  no  electri- cal input. 

Solution 

ze:  We  are  asked  to  calculate  the  equilibrium  constant  for  the  formation  of  O3  from  02  (Equation  22.36),  given  the  temper- 
ature and  \G°  -        — ~ 1 ■ 

Plan:  The  relationship  between  the  standard  tree-energy  change,  AG)  ,  for  a  reaction  and  the  equilibrium  constant  for  the 
tion  was  given  in  Section  19.7,  Equation  19.22. 

Solve:  From  Appendix  C  we  have 

Thus,  for  Equation  22.36, 

AG/(03)  =  163.4  kj/mol 

AC°  =  (2  mol  03)(  163.4  kj/mol  O3)  =  326.8  kj 
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From  Equation  19.22  we  have  AC   =  -RTInK 

Thus,  -ag  -326.8  x  10'  I In  K  =    =   =  -131.9 
RT        (8.314  |  K-mol )( 248.11  K) 

K  =  e~mA9  =  5  x  10  58 

Comment:  In  spite  of  the  unfavorable  equilibrium  constant,  ozone  can  be  prepared  from  0:  as  described  in  the  preceding  text. 
The  unfavorable  free  energy  of  formation  is  overcome  by  energy  from  the  electrical  discharge,  and  O3  is  removed  before  the  re- 

verse reaction  can  occur,  so  a  nonequilibrium  mixture  results. 

Wm  PRACTICE  EXERCISE 

Using  the  data  in  Appendix  C,  calculate  AC  and  the  equilibrium  constant  (K )  for  Equation  22.33  at  298.0  K. 
Answer:  AC    =  66.7  kj,  K  =  2  x  10  12 

Ozone  is  sometimes  used  to  treat  domestic  water  in  place  of  chlorine.  Like 

Cl2,  it  kills  bacteria  and  oxidizes  organic  compounds.  The  largest  use  of  ozone, 

however,  is  in  the  preparation  of  pharmaceuticals,  synthetic  lubricants,  and 
other  commercially  useful  organic  compounds,  where  O3  is  used  to  sever 
carbon-carbon  double  bonds. 

Ozone  is  an  important  component  of  the  upper  atmosphere,  where  it 

screens  out  ultraviolet  radiation.  In  this  way  ozone  protects  Earth  from  the  ef- 
fects of  these  high-energy  rays.  For  this  reason,  depletion  of  stratospheric  ozone 

is  a  major  scientific  concern.  In  the  lower  atmosphere,  how- 
ever, ozone  is  considered  an  air  pollutant.  It  is  a  major  constituent  of  smog. 

1  Because  of  its  oxidizing  power,  it  damages  living  systems 
and  structural  materials,  especially  rubber. 

Oxides 

The  electronegativity  of  oxygen  is  second  only  to  that  of  fluorine.  As  a  result, 
oxygen  exhibits  negative  oxidation  states  in  all  compounds  except  those  with 

fluorine,  OFt  and  O2F2.  The  -2  oxidation  state  is  by  far  the  most  common. 
Compounds  in  this  oxidation  state  are  called  oxides. 

Nonmetals  form  covalent  oxides.  Most  of  these  oxides  are  simple  mole- 

cules with  low  melting  and  boiling  points.  Si02  and  B2O3,  however,  have  poly- 
meric structures.  Most  nonmetal  oxides  combine 

with  water  to  give  oxyacids.  Sulfur  dioxide  (SO2),  for  example,  dissolves  in 
water  to  give  sulfurous  acid  (H2SO3): 

S02(g)  r  H:0(/)   >  H2S03(aq)  [22.37| 

This  reaction  and  that  of  SO^  with  H20  to  form  H2SO4  are  largely  responsi- 
ble for  acid  rain.  The  analogous  reaction  of  CO2  with  I  hO  to 

form  carbonic  acid  (FhCO^)  causes  the  acidity  of  carbonated  water. 

Oxides  that  react  with  water  to  form  acids  are  called  acidic  anhydrides  (an- 

hydride means  "without  water")  or  acidic  oxides.  A  few  nonmetal  oxides,  es- 
pecially ones  with  the  nonmetal  in  a  low  oxidation  state — such  as  N20,  NO, 

and  CO — do  not  react  with  water  and  are  not  acidic  anhydrides 

ANIMATION 

d^i    Periodic  Trends:  Acid-Base  Behavior  of Oxides 

Q    GIVE  IT  SOME  THOUGHT 

What  acid  is  produced  by  the  reaction  of  l205  with  water? 
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BASIC  ANHYDRIDES  (BASIC  OXIDES) 

Most  metal  oxides  are  ionic  compounds,  which  behave  as  a  base  in  water.  Ionic  oxides  that  dissolve  in  water 

react  to  form  hydroxides.  I  iere,  barium  oxide  ( BaO),  reacts  with  water  to  form  barium  hydroxide  [Ba(OH)2]. 

▲  Figure  22.19  Reaction  of  a  basic  oxide  with  water.  (The  reddish  purple  color  of  the  solution  is 
caused  by  phenolphthalein  and  indicates  the  presence  of  OH   ions  in  solution.) 

Most  metal  oxides  are  ionic  compounds.  Those  ionic  oxides  that  dissolve  in 
water  react  to  form  hydroxides  are  consequently  called  basic  anhydrides  or 

basic  oxides.  Barium  oxide  (BaO),  for  example,  reacts  with  water  to  form  bari- 
um hydroxide  [Ba(OH)2]. 

BaO(s)  +  H20(/)   »  Ba(OH)2(rt(/)  [22.38] 

This  reaction  is  shown  in  Figure  22.19  ▲.  These  kinds  of  reactions  are  due  to  the 

high  basicity  of  the  O^-  ion  and  its  virtually  complete  hydrolysis  in  water. 

02'{aq)  +  H20(/)  >  2QU~(aq)  [22.39] 
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1  TABLE  22.4 Acid-Base  Character  of  Chromium  Oxides  1 

Oxide Oxidation  State  of  Cr            Nature  of  Oxide 

CrO +  2  Basic 

Cr20-( +  3  Amphoteric 
CrO^ +6  Acidic 

Even  those  ionic  oxides  that  are  water  insoluble  tend  to  dissolve  in  strong  acids. 

Iron(III)  oxide,  for  example,  dissolves  in  acids: 

Fe203(s)  +  6  H '(<?»/)  *  2Fe3+(flf?)  f  3H20(/) [22  40] 

This  reaction  is  used  to  remove  rust  (Fe203'/iH20)  from  iron  or  steel  before  a 
protective  coat  of  zinc  or  tin  is  applied. 

Oxides  that  can  exhibit  both  acidic  and  basic  characters  are  said  to  be 

amphoteric.  If  a  metal  forms  more  than  one  oxide,  the  basic 
character  of  the  oxide  decreases  as  the  oxidation  state  of  the  metal  increases,  as 
illustrated  in  Table  22.4  ▲. 

Peroxides  and  Superoxides 

Compounds  containing  O  —  O  bonds  and  oxvgen  in  an  oxidation  state  of  -1 
are  called  peroxides.  Oxygen  has  an  oxidation  state  of  -  \  in  02  ,  which  is  called 
the  superoxide  ion.  The  most  active  metals  (K,  Rb,  and  Cs)  react  with  02  to  give 
superoxides  (K02,  Rb02<  and  Cs02).  Their  active  neighbors  in  the  periodic 
table  (Na,  Ca,  Sr,  and  Ba)  react  with  02,  producing  peroxides  (Na202/  Ca02< 
Sr02/  and  Ba02).  Less  active  metals  and  nonmetals  produce  normal  oxides. 

When  superoxides  dissolve  in  water,  02  is  produced: 

4  K02(s)  +  2  H20(/) 4  K'(aq)  +  4  OH  "(<?(/)  +  3  02(x)  [22.41 

Because  of  this  reaction,  potassium  superoxide  (K02)  is  used  as  an  oxygen 
source  in  masks  worn  bv  rescue  workers  (Figure  22.20  ►).  Moisture  in  the 

breath  causes  the  compound  to  decompose  to  form  02  and  KOH.  The  KOH  so 
formed  removes  CO->  from  the  exhaled  breath: 

2  0H"(<?r/)  +  C02(g) H20(/)  +  CO,2'  (aq) 
[22.42] 

Hydrogen  peroxide  (H202)  is  the  most  familiar  and  commercially  impor- 
tant peroxide.  The  structure  of  H202  is  shown  in  Figure  22.21  ►.  Pure  hydrogen 

peroxide  is  a  clear,  syrupy  liquid  with  a  density  of  1.47  g/cm  at  0  C.  It  melts  at 

— 0.4°C,  and  its  normal  boiling  point  is  151°C.  These  properties  are  characteris- 
tic of  a  highly  polar,  strongly  hydrogen-bonded  liquid  such  as  water.  Concen- 

trated hydrogen  peroxide  is  a  dangerously  reactive  substance  because  the 
decomposition  to  form  water  and  oxygen  gas  is  very  exothermic. 

2  H.O,(/) 
2  H20(/)  +  02(tf)  AH: 

196.1  k| 

.43] 

Hydrogen  peroxide  is  marketed  as  a  chemical  reagent  in  aqueous  solutions  of 
up  to  about  30%  by  mass.  A  solution  containing  about  3%  H202  by  mass  is  sold 

in  drugstores  and  used  as  a  mild  antiseptic;  somewhat  more  concentrated  solu- 
tions are  employed  to  bleach  fabrics. 

The  peroxide  ion  is  also  a  by-product  of  metabolism  that  results  from  the 
reduction  of  molecular  oxygen  (02).  The  body  disposes  of  this  reactive  spec  ies 
with  enzymes  such  as  peroxidase  and  catalase. 

▲  Figure  22.20   A  self-contained 
breathing  apparatus.  The  source  of  oxygen  in 
this  apparatus,  used  by  firefighters  and  rescue 
workers,  is  the  reaction  between  potassium 
superoxide  (K02)  and  water  in  the  breath. 

li 

II 

▲  Figure  22.21  The  molecular  structure 
of  hydrogen  peroxide.  Note  that  the  atoms  of 
H20;  do  not  lie  in  a  single  plane 
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Hydrogen  peroxide  can  act  as  either  an  oxidizing  agent  or  a  reducing 
agent.  The  reduction  half-reactions  in  acid  solution  are 

2  H  '  (aq)  -  H202(aq)  +  2  e"   *  2  H20(/)       £°  =  1.78  V  [22.44] 

02(g)  +  2H+(aq)  +  2e   >  H202{aq)       £°  =  0.68V  [22.45] 

The  combination  of  these  two  halt-reactions  leads  to  the  disproportionation  of 
H202  into  ELO  and  02,  shown  in  Equation  22.43.  This  reaction  is  strongly  fa- 

vored (£  =  1.78  V  -  0.68  V  =  —1.10  V).  Disproportionation  occurs  when  an 
element  is  simultaneously  oxidized  and  reduced. 

22.6  |  The  Other  Group  6A  Elements:  S,  Se,  Te,  and  Po 

In  addition  to  oxygen,  the  other  group  6A  elements  are  sulfur,  selenium,  telluri- 
um, and  polonium.  In  this  section  we  will  survey  the  properties  of  the  group  as 

a  whole  and  then  examine  the  chemistry  of  sulfur,  selenium,  and  tellurium.  We 

will  not  say  much  about  polonium,  which  has  no  stable  isotopes  and  is  found 

only  in  minute  quantities  in  radium-containing  minerals. 

General  Characteristics  of  the  Group  6A  Elements 

The  group  6A  elements  possess  the  general  outer-electron  configuration  ns  tip*, 
where  n  has  values  ranging  from  2  through  6.  Thus,  these  elements  may  attain 

a  noble-gas  electron  configuration  by  the  addition  of  two  electrons,  which 

results  in  a  -2  oxidation  state.  Because  the  group  6A  elements  are  nonmetals, 
this  is  a  common  oxidation  state.  Except  for  oxygen,  however,  the  group  6A 

elements  are  also  commonly  found  in  positive  oxidation  states  up  to  +6,  and 
they  can  have  expanded  valence  shells.  Thus,  compounds  such  as  SF6,  SeF6, 

and  TeFh  occur  in  which  the  central  atom  is  in  the  -6  oxidation  state  with  more 
than  an  octet  of  valence  electrons. 

Table  22.5  T  summarizes  some  of  the  more  important  properties  of  the 
atoms  of  the  group  6A  elements.  In  most  of  the  properties  listed  in  Table  22.5, 

we  see  a  regular  variation  as  a  function  of  increasing  atomic  number.  For  exam- 
ple, atomic  and  ionic  radii  increase  and  ionization  energies  decrease,  as  expect- 

ed, as  we  move  down  the  family. 

Occurrence  and  Preparation  of  S,  Se,  and  Te 

Large  underground  deposits  are  the  principal  source  of  elemental  sulfur.  Sulfur 

also  occurs  widely  as  sulfide  and  sulfate  minerals.  Its  presence  as  a  minor  com- 

ponent of  coal  and  petroleum  poses  a  major  problem.  Combustion  of  these  "un- 
clean" fuels  leads  to  serious  sulfur  oxide  pollution.  ction  18.4)  Much 

TABLE  22.5   Some  Properties  of  the  Group  6A  Elements 
Property 

O S Se 

Te 

Atomic  radius  (A) 0.73 1.04 1.17 1.43 

X    ionic  radius  (A) 
1.40 

1.84 1.98 2.21 
First  ionization  energy  (kj/mol) 1314 1000 

941 

869 Electron  affinity  (kj/mol) 

-141 

-200 -195 

1 91 1 Electronegativity 3.5 

2.5 

2.4 2.1 

X  —  X  single-bond  enthalpy  (kj/mol) 

146* 

266 
172 

126 

Reduction  potential  to  ELX  in  acidic solution  (V) 1.23 
0.14 

-0.40 
-0.72 

'Based  on  O  —  O  bond  energy  in  H:Oi 
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A  Figure  22.22  Elemental  sulfur.  The  common  yellow  crystalline  form  of  rhombic  sulfur,  S8,  consists  of 
eight-membered  puckered  rings  of  S  atoms. 

effort  has  been  directed  at  removing  this  sulfur,  and  these  efforts  have  in- 
creased the  availability  of  sulfur.  The  sole  ol  this  sulfur  helps  to  partially  offset 

the  costs  of  the  desulfurizing  processes  and  equipment. 
Selenium  and  tellurium  occur  in  rare  minerals  such  as  Cu^Se,  PbSe,  Ag2Se, 

Cu2Te,  PbTe,  A^Te,  and  Au^Te.  They  also  occur  as  minor  constituents  in  sul- 
fide ores  of  copper,  iron,  nickel,  and  lead. 

Properties  and  Uses  of  Sulfur,  Selenium,  and  Tellurium 

As  we  normally  encounter  it,  sulfur  is  yellow,  tasteless,  and  nearly  odorless.  It  is 
insoluble  in  water  and  exists  in  several  allotropic  forms.  The  thermodynamically 
stable  form  at  room  temperature  is  rhombic  sulfur,  which  consists  of  puckered  Sg 
rings,  as  shown  in  Figure  22.22  ▲.  When  heated  above  its  melting  point  (113  C), 

sulfur  undergoes  a  variety  of  changes.  I  he  molten  sulfur  first  contains  Sg  mole- 
cules and  is  fluid  because  the  rings  readily  slip  over  one  another.  Further  heating 

of  this  straw-colored  liquid  causes  the  rings  to  break;  the  fragments  then  join  to 
form  very  long  molecules  that  can  become  entangled.  The  sulfur  consequently 
becomes  highly  viscous.  This  change  is  marked  by  a  color  change  to  dark  reddish 
brown  (Figure  22.23  ►).  Further  heating  breaks  the  chains,  and  the  viscosity 
again  decreases. 

Most  of  the  1.4  ■  ll)"1  kg  (15  million  tons)  of  sulfur  produced  in  the  United 
States  each  year  is  used  to  manufacture  sulfuric  acid.  Sulfur  is  also  used  to  vul- 

canize rubber,  a  process  that  toughens  rubber  by  introducing  cross-linking  be- 
tween polymer  chains. 

The  most  stable  allotropes  of  both  selenium  and  tellurium  are  crystalline 
substances  containing  helical  chains  of  atoms,  as  illustrated  in  Figure  22.24  ►. 
Each  atom  of  the  chain  is  close  to  atoms  in  adjacent  chains,  and  it  appears  that 
some  sharing  of  electron  pairs  between  these  atoms  occurs. 

The  electrical  conductivity  of  selenium  is  very  low  in  the  dark,  but  increas- 
es greatly  upon  exposure  to  light.  This  property  of  the  element  is  utilized  in 

photoelectric  cells  and  light  meters.  Photocopiers  also  depend  on  the  photocon- 
ductivity of  selenium.  Photocopy  machines  contain  a  belt  or  drum  coated  with 

a  film  of  selenium.  This  drum  is  electrostatically  charged  and  then  exposed  to 

light  reflected  from  the  image  being  photocopied.  The  electric  charm'  drains 
from  the  selenium  where  it  has  been  made  conductive  by  exposure  to  light.  A 

black  powder  (the  toner)  sticks  only  to  the  areas  that  remain  charged.  1  he  pho- 
tocopy is  made  when  the  toner  is  transferred  to  a  sheet  of  plain  paper,  which  is 

heated  to  fuse  the  toner  to  the  paper. 

▲  Figure  22.23   Heating  sulfur.  When 
sulfur  is  heated  above  its  melting  point  (113°C),  it 
becomes  dark  and  viscous.  Here  the  liquid  is 
shown  falling  into  cold  water,  where  it  again 
solidifies. 

8 

▲  Figure  22.24   Portion  of  the  structure 
of  crystalline  selenium.  The  dashed  lines 
represent  weak  bonding  interactions  between 
atoms  in  ad|acent  chains  Tellurium  has  the  same 
structure. 
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Sulfides 

Sulfur  forms  compounds  by  direct  combination  with  many  elements.  When 

the  element  is  less  electronegative  than  sulfur,  sulfides,  which  contain  S2~, 
form.  Iron(II)  sulfide  (FeS)  forms,  for  example,  by  direct  combination  of  iron 
and  sulfur.  Many  metallic  elements  are  found  in  the  form  of  sulfide  ores, 

such  as  PbS  (galena)  and  HgS  (cinnabar).  A  series  of  related  ores  containing 

the  disulfide  ion,  S22~  (analogous  to  the  peroxide  ion),  are  known  as  pyrites. 
Iron  pyrite,  FeS2,  occurs  as  golden  yellow  cubic  crystals  (Figure  22.25  <).  Be- 

cause it  has  been  occasionally  mistaken  for  gold  by  miners,  it  is  often  called 
fool's  gold. 

One  of  the  most  important  sulfides  is  hydrogen  sulfide  (H2S).  This  sub- 
stance is  not  normally  produced  by  direct  union  of  the  elements  because  it  is 

unstable  at  elevated  temperatures  and  decomposes  into  the  elements.  It  is  nor- 
mally prepared  by  action  of  dilute  acid  on  iron(II)  sulfide. 

FeS(s)  +  2  H+(aq)  -  — »  H2S(nq)  +  ¥c2'(aq)  [22.46] 

One  of  hydrogen  sulfide's  most  readilv  recognized  properties  is  its  odor; 
H2S  is  largely  responsible  for  the  offensive  odor  of  rotten  eggs.  Hydrogen  sul- 

fide is  actually  quite  toxic.  Fortunately,  our  noses  are  able  to  detect  H2S  in  ex- 
tremely low,  nontoxic  concentrations.  A  sulfur-containing  organic  molecule, 

such  as  dimethyl  sulfide,  (CFh)2S,  which  is  similarly  odoriferous  and  can  be 
detected  by  smell  at  a  level  of  one  part  per  trillion,  is  added  to  natural  gas  as  a 
safety  factor  to  give  it  a  detectable  odor. 

Oxides,  Oxyacids,  and  Oxyanions  of  Sulfur 

Sulfur  dioxide  is  formed  when  sulfur  is  combusted  in  air;  it  has  a  choking  odor 
and  is  poisonous.  The  gas  is  particularly  toxic  to  lower  organisms,  such  as 
fungi,  so  it  is  used  to  sterilize  dried  fruit  and  wine.  At  1  atm  pressure  and  room 
temperature,  S02  dissolves  in  water  to  produce  a  solution  of  about  1.6  M 
concentration.  The  S02  solution  is  acidic,  and  we  describe  it  as  sulfurous  acid 

(H2S03).  Sulfurous  acid  is  a  diprotic  acid: 

H2S03(m?)  =  H+(aq)  +  HSO^(aq)       Kal  =  1.7  x  1(T2  (25°C)  [22.47] 

RS03~(aq)  H'(aq)  +  SO^(nq)        Kll2  =  6.4  x  1(T8  (25°C)  [22.48] 

Salts  of  SO^2-  (sulfites)  and  HS03-  (hydrogen  sulfites  or  bisulfites)  are  well 
known.  Small  quantities  of  Na2S03  or  NaHS03  are  used  as  food  additives  to 

prevent  bacterial  spoilage.  Because  some  people  are  extremely  allergic  to  sul- 
fites, all  food  products  with  sulfites  must  now  carry  a  warning  label  disclosing 

their  presence. 

Although  combustion  of  sulfur  in  air  produces  mainly  S02,  small  amounts 
of  SO3  are  also  formed.  The  reaction  produces  chiefly  S02  because  the 

activation-energy  barrier  for  further  oxidation  to  SO3  is  very  high  unless  the  re- 
action is  catalyzed.  Sulfur  trioxide  is  of  great  commercial  importance  because  it 

is  the  anhydride  of  sulfuric  acid.  In  the  manufacture  of  sulfuric  acid,  S02  is  first 
obtained  by  burning  sulfur.  The  S02  is  then  oxidized  to  SO3,  using  a  catalyst 
such  as  V2Os  or  platinum.  The  SO3  is  dissolved  in  H2S04  because  it  does  not 
dissolve  quickly  in  water,  and  then  the  H2S207  formed  in  this  reaction,  called 
pyrosulfuric  acid,  is  added  to  water  to  form  H2S04: 

S03(g)  +  H2S04(/)   >  H2S207(/)  [22.49] 

H2S207(/)  +  H20(7)   >  2H2S04(/)  [22.50] 

▲  Figure  22.25   Iron  pyrite  (FeS2).  This 

substance  is  also  known  as  fool's  gold  because  its 
color  has  fooled  people  into  thinking  it  was  gold. 
Gold  is  much  denser  and  softer  than  iron  pyrite. 
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•4  Figure  22.26   A  dehydration  reaction. 
Sucrose  (C^H^O,,)  is  a  carbohydrate, 
containing  two  H  atoms  for  each  0  atom,  (a)  The 
beaker  contains  solid  sucrose  (table  sugar), 
initially  white.  Adding  concentrated  sulfuric  acid, 
which  is  an  excellent  dehydrating  agent,  removes 
HiO  from  the  sucrose,  (b,  c)  The  product  of  the 
dehydration  is  carbon,  the  black  mass  remaining 
at  the  end  of  the  reaction 

4^ 

MOVIE 
Dehydration  of  Sugar 

(a) (b) (c) 

0 GIVE  IT  SOME  THOUGHT 

Is  Equation  22.50  an  example  of  an  oxidation-reduction  reaction? 

Commercial  sulfuric  acid  is  L'S",,  H2SO4.  It  is  a  dense,  colorless,  oily  liquid 
that  boils  at  340  C.  Sulfuric  acid  has  main  useful  properties:  It  is  a  strong  acid, 

a  good  dehydrating  agent,  and  a  moderatel)  good  oxidizing  agent.  Its  dehy- 
drating ability  is  demonstrated  in  Figure  22.26  A. 

Year  after  year,  the  production  of  sulfuric  acid  is  the  largest  of  any  chemical 

produced  in  the  United  States.  About  4.0  •  K)"1  kg  (44  million  tons)  is  pro- 
duced annually  in  this  country.  Sulfuric  acid  is  employed  in  some  way  in  al- 

most all  manufacturing.  Consequently,  its  consumption  is  considered  a 
measure  of  industrial  activity. 

Sulfuric  acid  is  classified  as  a  strong  acid,  but  only  the  first  hydrogen  is  com- 
pletely ionized  in  aqueous  solution.  Ihe  second  hydrogen  ionizes  only  partially. 

H2S04((?(/) 

HSO4  (aq) 

H+(aq)  +  HSO4  (aq) 

H  '  (aq)  r  SQ42  (aq)  K 1.1  •  10 

Consequently,  sulfuric  acid  forms  two  series  of  compounds:  sulfates  and  bisul- 

fates  (or  hydrogen  sulfates).  Bisulfate  salts  are  common  components  of  the  "dry 
acids"  used  for  adjusting  the  pH  of  swimming  pools  and  hoi  tubs;  they  are  also 
components  of  many  toilet  bowl  cleaners. 

The  thiosulfate  ion  (S203  ~)  is  related  to  the  sulfate  ion  and  is  formed  b\ 
boiling  an  alkaline  solution  of  SO-;-   with  elemental  sulfur. 

cS  SO,"  (aq)  +  S8(s) 8S2032  (aq) 

The  term  thio  indicates  substitution  of  sulfur  for  oxygen.  The  structures  of  the 
sulfate  and  thiosulfate  ions  are  compared  in  Figure  22.27  ►.  W  hen  acidified, 
the  thiosulfate  ion  decomposes  to  form  sulfur  and  H2SOv 

The  pentahydrated  salt  of  sodium  thiosulfate  (NaiS^Oy^  I  l20),  known  as 

"hypo,"  is  used  in  photography  Photographic  film  consists  of  a  suspension  ol 
microcrystals  of  AgBr  in  gelatin.  When  exposed  to  light,  some  AgBr  decompos- 

es, forming  very  small  grains  of  silver.  When  the  film  is  treated  with  a  mild  re- 

ducing agent  (the  "developer"),  Ag  ions  in  AgBr  near  the  silver  grains  are 
reduced,  forming  an  image  of  black  metallic  silver.  I  he  film  is  then  treated  with 
sodium  thiosulfate  solution  to  remove  the  unexposed  AgBr.  I  he  thiosulfate  ion 
reacts  with  AgBr  to  form  a  soluble  silver  thiosulfate  complex. 

AgBr(s)  +  2  S2032  (aq) Ag(S203)23  (aq)  +  Br  (aq)  |2252] 

O 

• 

SO, 

(a) 

S-.IV 

(b) 

A  Figure  22.27   Structures  of  sulfate 
ions,  (a)  The  sulfate  ion  (SO./  ),  and  (b)  the 
thiosulfate  ion  (S?0S2  ). 

10  MODELS 

\H  scy  ,S20/ 
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This  step  in  the  process  is  called  "fixing."  Thiosultate  ion  is  also  used  in  quanti- 
tative analysis  as  a  reducing  agent  for  iodine: 

2S2CV~(<?(7)  +  h(*)  -  —>2  \  (at])  +  S4062~(fl<j)  [22.53] 

22.7  |  Nitrogen  

Nitrogen  was  discovered  in  1772  by  the  Scottish  botanist  Daniel  Rutherford.  He 

found  that  when  a  mouse  was  enclosed  in  a  sealed  jar,  the  animal  quickly  con- 

sumed the  life-sustaining  component  of  air  (oxygen)  and  died.  When  the  "fixed 
air"  (C02)  in  the  container  was  removed,  a  "noxious  air"  remained  that  would 
not  sustain  combustion  or  life.  That  gas  is  known  to  us  now  as  nitrogen. 

Nitrogen  constitutes  787.,  by  volume  of  Earth's  atmosphere,  where  it  occurs 
as  N2  molecules.  Although  nitrogen  is  a  key  element  in  living  organisms,  com- 

pounds of  nitrogen  are  not  abundant  in  Earth's  crust.  The  major  natural  de- 
posits of  nitrogen  compounds  are  those  of  KNO3  (saltpeter)  in  India  and 

NaNCh  (Chile  saltpeter)  in  Chile  and  other  desert  regions  of  South  America. 

TABLE  22.6 Oxidation  States  of 
Nitrogen 

Oxidation 
State Examples 
+5 

N205,  HNO3,  NO3" 

•  4 

N02,  N204 +3 

HN02,N02",  NF3 
+2 

NO 
1  1 N20,  H2N202, 

N2022~  HNF2 0 

N2 

-1 

NH2OH,  NH2F 

-2 

N2H4 

-3 

NH1(  NH4  +  ,  NH2 

Properties  of  Nitrogen 

Nitrogen  is  a  colorless,  odorless,  and  tasteless  gas  composed  of  N2  molecules. 

Its  melting  point  is  -210°C,  and  its  normal  boiling  point  is  — 196°C. 
The  N2  molecule  is  very  unreactive  because  of  the  strong  triple  bond  be- 

tween nitrogen  atoms  (the  N  =  N  bond  enthalpy  is  941  kj/mol,  nearly  twice 

that  for  the  bond  in  02;  see  Table  8.4).  When  substances  burn  in  air,  they  nor- 
mally react  with  02  but  not  with  N2.  When  magnesium  burns  in  air,  however,  it 

also  reacts  with  N2  to  form  magnesium  nitride  (Mg3N2).  A  similar  reaction  oc- 
curs with  lithium,  forming  Li^N. 

3  Mg(s)  +  N2(g] Mg3N2(s) [22.54] 

The  nitride  ion  is  a  strong  Bronsted-Lowry  base.  It  reacts  with  water  to  form 
ammonia  (NH3),  as  in  the  following  reaction: 

Mg3N2(s)  +  6  H20(/) 2  NH3(fl<?)  +  3  Mg(OH)2(s)  [22.55] 

The  electron  configuration  of  the  nitrogen  atom  is  [He]2s22/?3.  The  element 
exhibits  all  formal  oxidation  states  from  +5  to  -3,  as  shown  in  Table  22.6  A. 

The  +5,  0,  and  -3  oxidation  states  are  the  most  common  and  generally  the 
most  stable  of  these.  Because  nitrogen  is  more  electronegative  than  all  elements 

except  fluorine,  oxygen,  and  chlorine,  it  exhibits  positive  oxidation  states  only 
in  combination  with  these  three  elements. 

Figure  22.28  ▼  summarizes  the  standard  reduction  potentials  for  intercon- 
version  of  several  common  nitrogen  species.  The  potentials  in  the  diagram  are 
large  and  positive,  which  indicates  that  the  nitrogen  oxides  and  oxyanions 
shown  are  strong  oxidizing  agents. 

+  0.96  V NCV 

+  0.79  V +  1.12  V +  1.00  V 

•1.59  V ■1.77  V 

+  0.27  V 

«-N02-  ̂ HN02-  —^NO  ""  >  N2Q        »  N2        *  NH4+ 
+  1.25  V 

▲  Figure  22.28   Standard  reduction  potentials.  The  values  are  for  common  nitrogen-containing 

compounds  in  an  acidic  solution.  Reduction  of  N03 "  to  N02  in  acid  solution,  for  example,  has  a  standard 
electrode  potential  of  0.79  V.  You  should  be  able  to  balance  this  half-reaction  using  the  techniques  discussed  in 
Section  20.2. 
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N2H4 

(hydrazine) 

N2 

(dinitrogen) 

NH3 

(ammonia) 

NO 

(nitric  oxide) 

N02 

(nitrogen  dioxide) 

HN03 

(nitric  acid) 

(ammonium  salts) 

N02_ 

(nitrite
  
salts) 

NO3- 

(nitrate
  

salts) 

A  Figure  22.29  Nitrogen  conversions.  Sequence  of  conversion  of  N2  into  common  nitrogen 
compounds. 

Preparation  and  Uses  of  Nitrogen 

Elemental  nitrogen  is  obtained  in  commercial  quantities  by  fractional  distilla- 

tion of  liquid  air.  About  3.f>  •  ]()'"  kg  (40  million  tons)  of  N2  is  produced  annu- 
ally in  the  United  States. 

Because  of  its  low  reactivity,  large  quantities  of  N2  are  used  as  an  inert 
gaseous  blanket  to  exclude  G2  during  the  processing  and  packaging  of  foods, 
the  manufacture  of  chemicals,  the  fabrication  of  metals,  and  the  production  of 
electronic  devices.  Liquid  N2  is  employed  as  a  coolant  to  freeze  foods  rapidly. 

The  largest  use  of  Nn  is  in  the  manufacture  of  nitrogen-containing  fertiliz- 

ers, which  prov  ide  a  source  of  fixed  nitrogen.  We  have  previously  discussed  ni- 

trogen fixation  in  the  "Chemistry  and  Life"  box  in  Section  14.7  and  in  the 
"Chemistry  at  Work"  box  in  Section  I  ̂.  1 .  Our  starting  point  in  fixing  nitrogen  is 
the  manufacture  of  ammonia  via  the  Haber  process.  The  am- 

monia can  then  be  converted  into  a  variety  of  useful,  simple  nitrogen- 
containing  species,  as  shown  in  Figure  22. 29  A.  Many  of  the  reactions  along  this 
chain  of  conv  ersion  are  discussed  in  more  detail  later  in  this  section. 

Hydrogen  Compounds  of  Nitrogen 

Ammonia  is  one  of  the  most  important  compounds  of  nitrogen.  It  is  a  colorless 
toxic  gas  that  has  a  characteristic  irritating  odor.  As  we  have  noted  in  previous 

discussions,  the  NH3  molecule  is  basic  (  K'/,  =  1.8  >   10  ■ ). 
In  the  laboratory  NH3  can  be  prepared  by  the  action  of  N'aOM  on  an  am- 

monium salt.  The  NH41  ion,  which  is  the  conjugate  acid  of  NLLW  transfers  a 

proton  to  OH-.  The  resultant  NLL  is  volatile  and  is  driv  en  from  the  solution  bv 
mild  heating. 

NH4CIO/)  +  NaOH(<n/) NLh(x)  +  H2Of/)  +  NaC!(/K/)  [22.56] 

Commercial  production  of  NLL  is  achieved  by  the  Haber  proce  ss 

N2(g)  +  3  H2(g)   ►  2  NH3(g) 

22.57] 

in  the About  1.6  X  10    kg  (18  million  tons)  of  ammonia  is  produced  annua 
United  States.  About  75%  is  used  for  fertilizer. 

Hydrazine  (N2H4)  bears  the  same  relationship  to  ammonia  that  hydrogen 

peroxide  does  to  water.  As  shown  in  Figure  22.30  ►,  the  hydrazine  molecule  con- 

tains an  N  —  N  single  bond.  Hydrazine  is  quite  poisonous.  It  can  be  prepared  by 
the  reaction  of  ammonia  with  hypochlorite  ion  (OCI  )  in  aqueous  solution. 

2  NH^((?(/)  +  OCI  (aq) 
N2H4(m/)  +  CI  '(aq)  +  H20(7)  [22.581 

11  H 
If II 

H 
H 

II 

II 

A  Figure  22.30  Structures  of  hydrazine 
(N2H4)  and  methylhydrazine  (CH,NHNH2). 
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Hie  reaction  is  complex,  involving  several  intermediates,  including  chloramine 

(NH2CI).  The  poisonous  NH2CI  bubbles  out  of  solution  when  household  ammo- 
nia and  chlorine  bleach  (which  contains  OCI  )  are  mixed.  This  reaction  is  one  rea- 

son for  the  frequently  cited  warning  not  to  mix  bleach  and  household  ammonia. 
Pure  hydrazine  is  a  colorless,  oily  liquid  that  explodes  on  heating  in  air.  It 

can  be  handled  safely  in  aqueous  solution,  where  it  behaves  as  a  weak  base 

(Kb  -  1.3  X  10  ).  The  compound  is  a  strong  and  versatile  reducing  agent.  The 
major  use  of  hydrazine  and  compounds  related  to  it,  such  as  methylhydrazine 
(Figure  22.30),  is  as  rocket  fuels. 

H  SAMPLE  EXERCISE  22.8  |  Writing  a  Balanced  Equation 

Hydroxylamine  (NH2OH)  reduces  copper(II)  to  the  free  metal  in  acid  solutions.  Write  a  balanced  equation  for  the  reaction,  as- 
suming that  Ni  is  the  oxidation  product. 

Solution 

Analyze:  We  are  asked  to  write  a  balanced  oxidation-reduction  equation  in  which  NH2OH  is  converted  to  N2  and  Cu2'  is  con- verted to  Cu. 

Plan:  Because  this  is  a  redox  reaction,  the  equation  can  be  balanced  by  the  method  of  half-reactions  discussed  in  Section  20.2. 

Thus,  we  begin  with  two  half-reactions,  one  involving  the  NH2OH  and  N2  and  the  other  involving  Cu2*  and  Cu. 

Solve:  The  unbalanced  and  incom-  Cu2+(aq)   >  Cu(s) 
plete  half-reactions  are 

NH2OH  (aq)   >  N2(g) 

Balancing  these  equations  as  de-  Cir'(aq)  +  2  e   ►  Cu(s) scribed  in  Section  20.2  gives 

2  NH2OH(fl.|)   »  N2(x)  +  2  H2D(/)  +  2  H  '  (aq)  +  2  e 

Adding  these  half-reactions  gives 

the  balanced  equation:  Cir'(aq)  +  2NH2OH(aq)   ►  Cu(s)  +  N2(g)  +  2  H20(/)  +  2H' (aq) 
MB  PRACTICE  EXERCISE 

(a)  In  power  plants,  hydrazine  is  used  to  prevent  corrosion  of  the  metal  parts  of  steam  boilers  by  the  02  dissolved  in  the  water. 
The  hydrazine  reacts  with  02  in  water  to  give  N2  and  H20.  Write  a  balanced  equation  for  this  reaction,  (b)  Methylhydrazine, 
N2H  ̂ CH  -;(/),  is  used  with  the  oxidizer  dinitrogen  tetroxide,  N204(/),  to  power  the  steering  rockets  of  the  Space  Shuttle  orbiter.  The 
reaction  of  these  two  substances  produces  N2,  CO->,  and  H->0.  Write  a  balanced  equation  for  this  reaction. 

Answers:  (a)  N2H4(<y</)  +  02(aq)   >  N2(g) '+  2  H20(/);  (b)  5  N2Q4(/)  +  4  N2H3CH,(/)   >  9  N2(g)  +  4  C02(g)  +  12  H20(g) 

M0VIE  Oxides  and  Oxyacids  of  Nitrogen 

Nitrogen  Dioxide  and  Dinitrogen  Tetraoxide        Nitrogen  forms  three  common  oxides:  N20  (nitrous  oxide),  NO  (nitric  oxide), 
and  N02  (nitrogen  dioxide).  It  also  forms  two  unstable  oxides  that  we  will  not 
discuss,  N2O3  (dinitrogen  trioxide)  and  N2Os  (dinitrogen  pentoxide). 

Nitrous  oxide  (N20)  is  also  known  as  laughing  gas  because  a  person  be- 
comes somewhat  giddy  after  inhaling  only  a  small  amount  of  it.  This  colorless 

gas  was  the  first  substance  used  as  a  general  anesthetic.  It  is  used  as  the  com- 
pressed gas  propellant  in  several  aerosols  and  foams,  such  as  in  whipped 

cream.  It  can  be  prepared  in  the  laboratory  by  carefully  heating  ammonium  ni- 

trate to  about  200°C. 

NH4N03(s)  ̂    N20(g)  +  2H20(g)  [22.59] 

Nitric  oxide  (NO)  is  also  a  colorless  gas,  but,  unlike  N20,  it  is  slightly  toxic. 

It  can  be  prepared  in  the  laboratory  by  reduction  of  dilute  nitric  acid,  using  cop- 
per or  iron  as  a  reducing  agent,  as  shown  in  Figure  22.31  ►. 

3Cu(s)  +  2N03~(aq)  +  8  H '  (aq)   *  3Cu2+(aq)  +  2NO(g)  +  4  H20(/) [22.60] 

It  is  also  produced  by  direct  reaction  of  N2  and  02  at  high  temperatures.  This  re- 
action is  a  significant  source  of  nitrogen  oxide  air  pollutants. 
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(a) (b) 
(c) 

The  direct  combination  of  N2  and  O2  is  not  used  for  commercial  production  ol 
NO,  however,  because  the  yield  is  low;  the  equilibrium  constant  K„  at  2400  k  is 

only  0.05  (see  the  "Chemistry  at  Work"  box  in  Section  15.6). 
The  commercial  route  to  NO  (and  hence  to  other  oxygen-containing  com- 

pounds of  nitrogen)  is  via  the  catalytic  oxidation  of  NHv 

4  NH3(g)  f  502(g)  »   4  NO(g)  +  6  H20(g) 
22.M 

The  catalytic  conversion  of  Mk  to  NO  is  the  first  step  in  a  three-step 
process  known  as  the  Ostwald  process,  by  which  Nhh  is  converted  commer- 

cially into  nitric  acid  (HNO-i).  Nitric  oxide  reacts  readily  with  02/  forming  NOi 
when  exposed  to  air  (Figure  22.31 ). 

NO(x)  +  02(g) 
2  N02(y) 

[22.62] 

When  dissolved  in  water,  NOi  forms  nitric  acid. 

3N02(g)  +  H20(/)  >  2  H  •(»/</)  +  2NO^  {aq)  +  NO(-)  [22.63] 
Nitrogen  is  both  oxidized  and  reduced  in  this  reaction,  so  it  disproportionates. 

The  reduction  product  NO  can  be  converted  back  into  N02  by  exposure  to  air 

and  thereafter  dissolved  in  water  to  prepare  more  HNO-i. 
Recently  NO  has  been  found  to  be  an  important  neurotransmitter  in  the 

human  body.  It  causes  the  muscles  that  line  blood  vessels  to  relax,  thus  allowing 

an  increased  passage  of  blood  (See  the  "Chemistry  and  Life"  box  on  page  966). 
Nitrogen  dioxide  (N02)  is  a  yellow-brown  gas  (Figure  22.31).  Like  NO,  it  is  a 

major  constituent  of  smog.  It  is  poisonous  and  has  a  choking 
odor.  As  discussed  in  the  introduction  of  Chapter  15,  N02  and  N204  exist  in 
equilibrium  (Figures  15.1  and  15.2): 

2  N02(g) 

N204(tf)  AH' 

-58  kj 

[22.64] 

The  two  common  oxyacids  of  nitrogen  are  nitric  acid  (HNO^)  and  nitrous  acid 
(HN02)  (Figure  22.32  ►).  Nitric  acid  is  a  colorless,  corrosive  liquid.  Nitric  acid 
solutions  often  take  on  a  slightly  yellow  color  (Figure  22.33  ►)  as  a  result  of  small 
amounts  of  N02  formed  by  photochemical  decomposition: 

4  HNO -.,(<?(/) 4  NO2((0  +  02(g)  +  2  H20(/) 22.h5 

Nitric  acid  is  a  strong  acid.  It  is  also  a  powerful  oxidizing  agent,  as  the  fol- 
lowing standard  reduction  potentials  indicate: 

NCV(n<7)  +  2  H+('"J)  +  e 

NOi~(aq)  +  4H+(aq)  +  3  e 

N02(g)  +  H20(/) 

NO(x)  +  2  H20(/) 

E°  =  +0.79  V 

[22.66] 

£°      i  ().%  V 

|22.67] 

<  Figure  22.31    Nitric  oxide  formation. 
(a)  Nitric  oxide  (NO)  can  be  prepared  by  the 
reaction  of  copper  with  6  M  nitric  acid.  In  this 
photograph  a  jar  containing  6  M  HN0(  has  been 
inverted  over  some  pieces  of  copper.  Colorless 
NO,  which  is  only  slightly  soluble  in  water,  is 
collected  in  the  jar.  The  blue  color  of  the  solution 

is  due  to  the  presence  of  CuJ  ions,  (b)  Colorless 
NO  gas,  collected  as  shown  in  (a),  (c)  When  the 
stopper  is  removed  from  the  jar  of  NO,  the  NO 
reacts  with  oxygen  in  the  air  to  form  yellow- brown  N02. 

l)»S  A 

Nitrous  acid 

▲  Figure  22.32  Structures  of  nitric  acid 
and  nitrous  acid. 

A  Figure  22.33  Photochemical 
decomposition.  Colorless  nitric  acid  solution 
(left)  becomes  yellow  upon  standing  in  sunlight 

(right). 
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3-D  MODELS 
Nitric  Acid,  Nitrous  Acid,  Nitroglycerin, 
Trinitrotoluene 

Concentrated  nitric  acid  will  attack  and  oxidize  most  metals  except  Au,  Ft,  Rh, 
and  Ir. 

About  8  x  10  kg  (9  million  tons)  of  nitric  acid  is  produced  annually  in  the 
United  States.  Its  largest  use  is  in  the  manufacture  of  NH4NO^  for  fertilizers, 

which  accounts  for  about  80%  of  that  produced.  HNO^  is  also  used  in  the  pro- 
duction of  plastics,  drugs,  and  explosives. 

Among  the  explosives  made  from  nitric  acid  are  nitroglycerin,  trinitro- 
toluene (TNT),  and  nitrocellulose.  The  reaction  of  nitric  acid  with  glycerin  to 

form  nitroglycerin  is 

II 

H— C— OH 

H— C— OH  +  3H  O-, 

H— C— OH 

1 1 

1 1 H— CO\02 

->  H— CO\02  +  3  H20 H— CO\02 

1 1 

The  following  reaction  occurs  when  nitroglycerin  explodes: 

4C3H5N309(/)   ►  6N2(g)  +  L2C02(g)  +  10  H20(s)  +  02(g) 

[22.68] 

[22.69] 

All  the  products  of  this  reaction  contain  very  strong  bonds.  As  a  result,  the  re- 
action is  very  exothermic.  Furthermore,  a  tremendous  amount  of  gaseous  prod- 

ucts forms  from  the  liquid.  The  sudden  formation  of  these  gases,  together  with 
their  expansion  resulting  from  the  heat  generated  by  the  reaction,  produces  the 

explosion.  (See  the  "Chemistry  at  Work"  box  in  Section  8.8.) 
Nitrous  ticnl  (HN02)  (Figure  22.32)  is  considerably  less  stable  than  HNO^ 

and  tends  to  disproportionate  into  NO  and  HNOv  It  is  normally  made  by  ac- 
tion of  a  strong  acid,  such  as  H2S04,  on  a  cold  solution  of  a  nitrite  salt,  such  as 

NaN02.  Nitrous  acid  is  a  weak  acid  (fC„  =  4.5  x  10~4). 

CHEMISTRY  AND  LIFE  |  Nitroglycerin  and  Heart  Disease 

In  the  1870s  an  interesting  observation  was  made  in  Alfred 

Nobel's  dynamite  factories.  Workers  who  suffered  from 
heart  disease  that  caused  chest  pains  when  they  exerted  them- 

selves found  relief  from  the  pains  during  the  workweek.  It 
quickly  became  apparent  that  nitroglycerin,  present  in  the  air 

of  the  factory,  acted  to  enlarge  blood  vessels.  Thus,  this  power- 
fully explosive  chemical  became  a  standard  treatment  tor 

angina  pectoris,  the  chest  pains  accompanying  heart  failure.  It 
took  more  than  100  years  to  discover  that  nitroglycerin  was 
converted  in  the  vascular  smooth  muscle  into  NO,  which  is 

the  chemical  agent  actually  causing  dilation  of  the  blood  ves- 
sels. In  1998  the  Nobel  Frize  in  medicine  and  physiology  was 

awarded  to  Robert  F.  Furchgott,  Louis  J.  Ignarro,  and  Ferid 
Murad  for  their  discoveries  of  the  detailed  pathways  by  which 
NO  acts  in  the  cardiovascular  system.  It  was  a  sensation  that 

this  simple,  common  air  pollutant  could  exert  important  func- 
tions in  the  organism. 

As  useful  as  nitroglycerin  is  to  this  day  in  treating  angina 
pectoris,  it  has  a  limitation  in  that  prolonged  administration 
results  in  development  of  tolerance,  or  desensitization,  of  the 
vascular  muscle  to  further  vasorelaxation  by  nitroglycerin. 

The  bioactivation  of  nitroglycerin  is  the  subject  of  active  re- 
search in  the  hope  that  a  means  of  circumventing  desensitiza- 

tion can  be  found. 
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9 GIVE  IT  SOME  THOUGHT 

What  are  the  oxidation  numbers  of  the  nitrogen  atoms  in  (a)  nitric  acid;  (b)  nitrous 
acid? 

22.8  |  The  Other  Group  5A  Elements:  P,  As,  Sb,  and  Bi 

Of  the  other  group  5A  elements — phosphorus,  arsenic,  antimony,  and  bismuth — 
phosphorus  has  a  central  role  in  several  aspects  of  biochemistry  and  environmental 
chemistry.  In  this  section  we  will  explore  the  chemistry  of  these  other  group  5A 

elements,  with  an  emphasis  on  tin-  chemistry  of  phosphorus. 

General  Characteristics  of  the  Group  5A  Elements 

The  group  5A  elements  possess  the  outer-shell  electron  configuration  ns^np^, 
where  /;  has  values  ranging  from  2  to  6.  A  noble-gas  configuration  results  from 

the  addition  of  three  electrons  to  form  the  -3  oxidation  state.  Ionic  compounds 
containing  X  ions  are  not  common,  however,  except  tor  salts  of  the  more  ac- 

tive metals,  such  as  in  I  i  iN.  More  commonly,  the  group  5A  element  acquires  an 
octet  of  electrons  via  covalent  bonding.  The  oxidation  number  may  range  from 

-3  to  +5,  depending  on  the  nature  and  number  of  the  atoms  to  which  the 
group  5A  element  is  bonded. 

Because  of  its  lower  electronegativity  phosphorus  is  found  more  frequent- 
ly in  positive  oxidation  states  than  is  nitrogen.  Furthermore,  compounds  in 

which  phosphorus  has  the  J  5  oxidation  state  are  not  as  strongly  oxidizing  as 
the  corresponding  compounds  of  nitrogen.  Conversely,  compounds  in  which 

phosphorus  has  a  -3  oxidation  state  are  much  stronger  reducing  agents  than 
are  the  corresponding  compounds  of  nitrogen. 

Some  of  the  important  properties  or  the  group  elements  are  listed  in 
Table  22.7  T.  The  general  pattern  that  emerges  from  these  data  is  similar  to 

what  we  have  seen  before  with  other  groups:  Si/e  and  metallic  character  in- 
crease as  atomic  number  increases  within  the  group. 

The  variation  in  properties  among  the  elements  of  group  5A  is  more  strik- 
ing than  that  seen  in  groups  6A  and  7 A.  Nitrogen  at  the  one  extreme  exists  as  a 

gaseous  diatomic  molecule;  it  is  clearly  nonmetallic  in  character.  At  the  other 

extreme,  bismuth  is  a  reddish  white,  metallic-looking  substance  that  has  most 
of  the  characteristics  of  a  metal. 

The  values  listed  for  X  —  X  single-bond  enthalpies  are  not  very  reliable  be- 
cause it  is  difficult  to  obtain  such  data  from  thermochemical  experiments.  How- 

ever, there  is  no  doubt  about  the  general  trend:  a  low  value  for  the  N  —  N  single 
bond,  an  increase  at  phosphorus,  and  then  a  gradual  decline  to  arsenic  and  an- 

timony. From  observations  of  the  elements  in  the  gas  phase,  it  is  possible  to  es- 
timate the  X  =  X  triple-bond  enthalpies,  as  listed  in  Table  22.7.  Here  we  see  a 

trend  that  is  different  from  that  for  the  X  —  X  single  bond.  Nitrogen  forms 

5  \ 
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33 
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51 

83 

Hi 

TABLE  22.7   Properties  of  the  Group  5A  Elements 

Property N P 
As 

Sb 15  i 

Atomic  radius  ( A  ) 0.75 1. 10 1.21 1.41 
1.55 

First  ionization  energy  (kj  mol) 1402 1012 947 
834 

703 

Electron  affinity  (kj/mol) 0 

-72 

78 
103 

-91 

Electronegativity 3.0 2.1 
2.0 

1.9 

1.9 

X  —  X  single-bond  enthalpy  (kj/mol)* 
163 

200 

150 
120 

X  =  X  triple-bond  enthalpy  (kj/mol) 941 
490 

380 295 192 

*  Approximate  v  alues  onlj 
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P 
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▲  Figure  22.34  Structure  of  white 
phosphorus.  Tetrahedral  structure  of  the  P4 
molecule. 

▲  Figure  22.35   Phosphorus  allotropes. 
White  phosphorus  is  very  reactive  and  is  normally 
stored  under  water  to  protect  it  from  oxygen. 
Red  phosphorus  is  much  less  reactive  than  white 
phosphorus,  and  it  is  not  necessary  to  store  it 
under  water. 

a  much  stronger  triple  bond  than  the  other  elements,  and  there  is  a  steady  de- 

cline in  the  triple-bond  enthalpy  down  through  the  group.  These  data  help  us 
to  appreciate  why  nitrogen  alone  of  the  group  5A  elements  exists  as  a  diatomic 
molecule  in  its  stable  state  at  25°C.  All  the  other  elements  exist  in  structural 
forms  with  single  bonds  between  the  atoms. 

Occurrence,  Isolation,  and  Properties  of  Phosphorus 

Phosphorus  occurs  mainly  in  the  form  of  phosphate  minerals.  The  principal 
source  of  phosphorus  is  phosphate  rock,  which  contains  phosphate  principally 
as  Ca3(P04)2-  The  element  is  produced  commercially  by  reduction  of  calcium 
phosphate  with  carbon  in  the  presence  of  Si02: 

2Ca^(P04)2(s)  +  6Si02(s)  +  10C(s)  'n""C  > 

P4(g)  +  6CaSi03(/)  +  10  CO(x)  [22.70] 

The  phosphorus  produced  in  this  fashion  is  the  allotrope  known  as  white  phos- 
phorus. This  form  distills  from  the  reaction  mixture  as  the  reaction  proceeds. 

White  phosphorus  consists  of  P4  tetrahedra  (Figure  22.34  <).  The  60°  bond 
angles  in  P4  are  unusually  small  for  molecules,  so  there  is  much  strain  in  the 
bonding,  which  is  consistent  with  the  high  reactivity  of  white  phosphorus.  This 

allotrope  bursts  spontaneously  into  flames  if  exposed  to  air.  It  is  a  white  wax- 
like solid  that  melts  at  44.2°C  and  boils  at  280°C.  When  heated  in  the  absence  of 

air  to  about  400°C,  it  is  converted  to  a  more  stable  allotrope  known  as  red  phos- 
phorus. This  form  does  not  ignite  on  contact  with  air.  It  is  also  considerably  less 

poisonous  than  the  white  form.  Both  allotropes  are  shown  in  Figure  22.35  -4. 
We  will  denote  elemental  phosphorus  as  simply  P(s). 

Phosphorus  Halides 

Phosphorus  forms  a  wide  range  of  compounds  with  the  halogens,  the  most  im- 
portant of  which  are  the  trihalides  and  pentahalides.  Phosphorus  trichloride 

(PCI3)  is  commercially  the  most  significant  of  these  compounds  and  is  used  to 
prepare  a  wide  variety  of  products,  including  soaps,  detergents,  plastics,  and 
insecticides. 

Phosphorus  chlorides,  bromides,  and  iodides  can  be  made  by  the  direct  ox- 
idation of  elemental  phosphorus  with  the  elemental  halogen.  PC13,  for  exam- 

ple, which  is  a  liquid  at  room  temperature,  is  made  by  passing  a  stream  of  dry 
chlorine  gas  over  white  or  red  phosphorus. 

2  P(s)  +  3  Cl2(x)   *  2  PC13(/)  [22.71] 

If  excess  chlorine  gas  is  present,  an  equilibrium  is  established  between  PCI3 
and  PCI5. 

PC13(/)  +  C\2(g)  ̂   PCl5(s)  [22.72] 

Because  F2  is  such  a  strong  oxidant,  the  direct  reaction  of  phosphorus  with  F2 

usually  produces  PF?,  in  which  phosphorus  is  in  its  most  positive  oxidation  state. 

2  P(s)  +  5  F2(g)   >  2  PF5(g)  [22.73] 

The  phosphorus  halides  hydrolyze  on  contact  with  water.  The  reactions 

occur  readily,  and  most  of  the  phosphorus  halides  fume  in  air  as  a  result  of  re- 
action with  water  vapor.  In  the  presence  of  excess  water  the  products  are  the 

corresponding  phosphorus  oxyacid  and  hydrogen  halide. 

PBr3(/)  +  3  H20(7)   >  H3P03((?<j)  +  3  HBr(/?<?)  [22.74] 

PC1S(/)  +  4  H20(/)  >  H3P04(rt(/)  +  5HCl(a<7)  [22.75] 
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Oxy  Compounds  of  Phosphorus 

Probably  the  most  significant  compounds  ol  phosphorus  are  those  in  w  hich 
the  element  is  combined  in  some  way  with  oxygen.  Phosphorus(III)  oxide 
(P4OJ  is  obtained  by  allowing  white  phos 
phorus  to  oxidize  in  a  limited  supply  ol 
oxygen.  When  oxidation  takes  place  in 

the  presence  of  excess  oxygen,  phos- 
phorus^) oxide  (P4O10)  forms.  I  Ins 

compound  is  also  readily  formed  by  ox- 
idation of  P|C),,.  These  two  oxides  repre- 

sent the  two  most  common  oxidation 

states  tor  phosphorus,  +3  and  -I  5.  I  he 
structural  relationship  between  RjO^ 
and  P)0|()  is  shown  in  Figure  22. 3h  ►. 
Notice  the  resemblance  these  mole- 

cules have  to  the  P4  molecule,  shown  in 
Figure  22.34;  all  three  substances  have  a 
P4  core. 

I'M, 

▲  Figure  22.36  Structures  of  P406  and 
P4010. 

■i  SAMPLE  EXERCISE  22.9  |  Calculating  a  Standard  Enthalpy  Change 

The  reactive  chemicals  on  the  tip  of  a  "strike  anywhere"  match  are  usually  P4S3  and 
an  oxidizing  agent  such  as  KCIO3.  When  the  match  is  struck  on  a  rough  surface,  the 
heat  generated  by  the  friction  ignites  the  P4S3,  and  the  oxidizing  agent  brings  about 

rapid  combustion.  The  products  of  the  combustion  ol  P4S  ,  are  1'iOm  and  S02.  Calcu- 
late the  standard  enthalpy  change  lor  the  combustion  ol  P4S3  in  air,  given  the  follow- 
ing standard  enthalpies  of  formation:  l',S  ,  (  H4.4  k|  mol),  P4Oln  (  2^40  k|  mol), 

S02  (-296.9  kj/mol). 

Solution 

Analyze:  We  are  given  the  reactants  (P4S3  and  ( )2  from  air)  and  the  products  (P4O]0 
and  SQ2)  for  a  reaction,  together  with  their  standard  enthalpies  of  formation,  and 
asked  to  calculate  the  standard  enthalpy  change  for  the  reaction. 
Plan:  We  first  need  a  balanced  chemical  equation  tor  the  reaction.  I  he  enthalpy  change 
for  the  reaction  is  then  equal  to  the  enthalpies  of  formation  of  products  minus  those  of 
reactants  (Equation  5.31,  Section  5.7).  We  also  need  to  recall  that  the  standard  enthalpy 
of  formation  of  any  element  in  its  standard  state  is  zero.  Thus,  AH^fCK)  =  0. 
Solve:  The  balanced  chemical  equation  lor  the  combustion  is 

P4S3(s)  +  8  02(g)   •  P4Oio(s)  v  3S02(£) 

Thus,  we  can  write 

AH°  =  AH/(P4O]0)  t  3AH/(S02)     AH°(P4S3)  -  8AH°(02) 

=  -2940  kj  +  3(- 296.9)  kj     (    1  ̂4  4  k| )  -8(0) 
=  -3676  kj 

Comment:  The  reaction  is  strongl)  exothermic,  making  it  evident  why  P4S3  is  used 
on  match  tips. 

^    J-D  MODELS 

tm  PRACTICE  EXERCISE 

Write  the  balanced  equation  for  the  reaction  of  P40]q  with  water,  and  calculate  A// 
for  this  reaction  using  data  from  .Appendix  C. 
Answer:  P4O10(s)  +  6  H20(/)   >  4  H3P04(nt/);    498.0  k| 

Phosphorus(V)  oxide  is  the  anhydride  of  phosphoric  acid  (H-PO4),  a  weak 
triprotic  acid.  In  fact,  P4O10  has  a  very  high  affinity  for  w  ater  and  is  consequently 
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used  as  a  drying  agent.  Phosphorus(III)  oxide  is  the  anhydride  of  phosphorous 

acid  (Hd'Ch),  a  weak  diprotic  acid.*  The  structures  of  H3P04  and  H3P03  are 
shown  in  Figure  22.37  <  The  hydrogen  atom  that  is  attached  directly  to  phos- 

phorus in  H3PO3  is  not  acidic  because  the  P  —  H  bond  is  essentially  nonpolar. 
One  characteristic  of  phosphoric  and  phosphorous  acids  is  their  tendency 

to  undergo  condensation  reactions  when  heated.  A  condensation  reaction  is 

one  in  which  two  or  more  molecules  combine  to  form  a  larger  molecule  by 
eliminating  a  small  molecule,  such  as  H20.  1  The  reaction  in 

which  two  H3PO4  molecules  are  joined  by  the  elimination  of  one  H20  molecule 
to  form  H4I\07  is 

H 

H 

H3PO3 

A  Figure  22.37  Structures  of  H3P04  and 
H,P03. 

H— O' 

I  I 

O 

.P. 

o 

( ) 

O— H  +  H— O         O— H 

H 

These  atoms  are  eliminated  as  H^O 
0  o 
1  I 

p  p 

H— I    O    I  ̂O— H  +  II  c ) 

1 1 

[22.76] 

3-D  MODELS 
Phosphoric  Acid,  Phosphorous  Acid 

Ox/OH O o 

HO— 1\     /P— O 

/    o^  \ O  OH 
(HP03)3 

Trimetaphosphoric  acid 

Repeating  unit  from  which 
empirical  formula  is  obtained 

OOO 

_0— p— O— P— o— P— o- 

OH  OH OH 
(HP03)„ 

I 'olvmeta phosphoric  acid 

▲  Figure  22.38   More  phosphoric  acid 
structures.  Structures  of  trimetaphosphoric  acid 
and  polymetaphosphoric  acid. 

Further  condensation  produces  phosphates  with  an  empirical  formula  of HPO3. 

rzH3P04 

(HP03)„  +  ;zH20 [22.77] 

Two  phosphates  with  this  empirical  formula,  one  cyclic  and  the  other  polymer- 
ic, are  shown  in  Figure  22.38  4.  The  three  acids  H3P04/  H4P207,  and  (HP03)„ 

all  contain  phosphorus  in  the  +5  oxidation  state,  and  all  are  therefore  called 

phosphoric  acids.  To  differentiate  them,  the  prefixes  ortho-,  pyro-,  and  meta-  are 
used:  H3PO4  is  orthophosphoric  acid,  H4P207  is  pyrophosphoric  acid,  and 

(HP03)„  is  metaphosphoric  acid. 
Phosphoric  acid  and  its  salts  find  their  most  important  uses  in  detergents 

and  fertilizers.  The  phosphates  in  detergents  are  often  in  the  form  of  sodium 

tripolyphosphate  (Na^Ojo).  A  typical  detergent  formulation  contains  47% 

phosphate;  16%  bleaches,  perfumes,  and  abrasives;  and  37%  linear  alkylsul- 
fonate  (LAS)  surfactant,  the  structure  of  which  is 

(We  have  used  the  notation  for  the  benzene  ring  described  in  Section  8.6.)  The 

phosphate  ions  form  bonds  with  metal  ions  that  contribute  to  the  hardness  of 

water.  This  keeps  the  metal  ions  from  interfering  with  the  action  of  the  surfac- 
tant. The  phosphates  also  keep  the  pH  above  7  and  thus  prevent  the  surfactant 

molecules  from  becoming  protonated  (gaining  an  H+  ion). 

*  Note  that  the  element  phosphorus  (FOS-for-us)  has  a  -us  suffix,  whereas  phosphorous 
(tos  •  FOR  •  us)  acid  has  an  -ous  suffix. 
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Most  mined  phosphate  rock  is  converted  to  fertilizers.  The  Ca^PC^h  in 

phosphate  rock  is  insoluble  (K^,  =  2.0  ■"  10  "").  It  is  converted  to  a  soluble 
form  for  use  in  fertilizers  by  treating  the  phosphate  rock  with  sulfuric  or  phos- 

phoric acid. 

Ca3(P04)2(s)  +  3  H2S04(aq) 

Ca3(P04)2(s)  +  4  H3P04(aq) 

>CaS04(s)  +  2Hd,Q4('"/)  [22.78] 

Cc\-{aq)  +  6H2P04  {aq)  |22.79] 

The  mixture  formed  when  ground  phosphate  rock  is  treated  with  sulfuric  acid 
and  then  dried  and  pulverized  is  known  as  superphosphate.  The  CaS04 
formed  in  this  process  is  of  little  use  in  soil  except  when  deficiencies  in  calcium 
or  sulfur  exist.  It  also  dilutes  the  phosphorus,  which  is  the  nutrient  of  interest.  It 
the  phosphate  rock  is  treated  with  phosphoric  acid,  the  product  contains  no 
CaS04  and  has  a  higher  percentage  of  phosphorus.  This  product  is  known  as 

triple  superphosphate.  Although  the  solubility  of  CafPPPO^  allows  it  to  be  as- 
similated by  plants,  it  also  allows  it  to  be  washed  from  the  soil  and  into  bodies 

of  water,  thereby  contributing  to  water  pollution. 
Phosphorus  compounds  are  important  in  biological  systems.  The  element 

occurs  in  phosphate  groups  in  RNA  and  DNA,  the  molecules  responsible  for 
the  control  of  protein  biosynthesis  and  transmission  of  genetic  information. 

It  also  occurs  in  adenosine  triphosphate  (ATP),  which  stores 
energy  in  biological  cells  and  has  the  structure: 

(  > (  ) (  ) 
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Adenosine 

The  P  —  O  —  P  bond  of  the  end  phosphate  group  is  broken  by  hydrolysis 
with  water,  forming  adenosine  diphosphate  (ADP).  This  reaction  release's  33  kj 
of  energy. 
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Adenosine 

[22.80] 

A I  )P 

This  energy  is  used  to  perform  the  mechanical  work  in  muscle  contraction  and 
in  many  other  biochemical  reactions  (Figure  19.19). 
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CHEMISTRY  AND  LIFE  |  Arsenic  in  Drinking  Water 

In  20(11  the  Environmental  Protection  Agency  (EPA)  issued  a 
rule  reducing  the  standard  tor  arsenic  in  public  water  supplies 

from  50  ppb  (equivalent  to  50  ms/D  to10  ppb,  effective  by  2006. 
Most  regions  of  the  United  States  tend  to  have  low  to  moderate 

(2-10  ppb)  groundwater  arsenic  levels  (Figure 22.34  ►).  The 
western  region  tends  to  have  higher  levels,  coming  mainly  from 
natural  geological  sources  in  the  area. 

In  water  the  most  common  forms  of  arsenic  are  the  arsen- 
ate ion  and  its  protonated  hydrogen  anions 

and  rPAs04  )  and  the  arsenite  ion  and  its  protonated  forms 

(AsCV  ,  HAsO-j2  ,  H:AsCh  ,  and  H3As03).  these  species  .ire 
collectively  referred  to  by  the  oxidation  number  of  the  arsenic 
as  arsenic(V)  and  arsenic(III),  respectively.  Arsenic(V)  is  more 

prevalent  in  oxygen-rich  (aerobic)  surface  waters,  whereas  ar- 
senical) is  more  likely  to  occur  in  oxygen-poor  (anaerobic) 

groundwaters.  In  the  pH  range  from  4  to  10,  the  arsenic(V)  is 
present  primarily  as  HAsCV  and  FLAsO;  ,  and  the 
arsenic(III)  is  present  primarily  as  the  neutral  acid  H3ASO3. 

One  ot  the  challenges  in  determining  the  health  effects  of 
arsenic  in  drinking  waters  is  the  different  chemistry  of  the  ar- 
senic(V)  and  arsenic(lll),  as  well  as  the  different  concentrations 

required  for  physiological  responses  in  different  individuals. 
Statistical  studies  correlating  arsenic  levels  with  the  occurrence 
of  disease,  however,  indicate  a  lung  and  bladder  cancer  risk 
arising  from  even  low  levels  of  arsenic.  A  200 1  report  from  the 
National  Research  Council  suggests,  for  example,  that  people 
who  consume  water  with  3  ppb  arsenic  daily  have  about  a  l  in 

1000  risk  of  developing  these  forms  of  cancer  during  their  life- 
time. At  10  ppb,  the  risk  is  approximately  3  in  1 000. 
The  current  technologies  for  removing  arsenic  perform 

most  effectively  when  treating  arsenic  in  the  form  of  arsenic(  V), 

so  water  treatment  strategies  require  preoxidation  of  the  drink- 
ing water.  Once  in  the  form  ot  arsenic(V)/  there  are  a  number  of 

possible  removal  strategies.  For  example,  Fe^fSC^h  could  be 
added  to  precipitate  FeAs04,  which  is  then  removed  b\  filtra- 

tion. Small  utilities  in  areas  where  arsenic  occurs  naturally  in 
groundwater  fear  that  the  costs  of  reducing  arsenic  even  to  the 

l()-ppb  level  will  force  tin-in  out  of  business,  leaving  house- 
holds dependent  on  untreated  well  water. 

4 
J  > 

Hawaii 
rusGS 

EXPLANATION 
At  least  10%  of  samples  exceed  10  ppm  As 

HH  At  least  10%  of  samples  exceed  5  ppm  As 
I     I  At  least  10%  of  samples  exceed  3  ppm  As 
i     !  Fewer  than  10%  of  samples  exceed  3  ppm  As I     i  Insufficient  data 

▲  Figure  22.39   Geographic  distribution  of  arsenic.  Counties  in  which 
at  least  10%  of  the  groundwater  samples  exceeded  10  ppm  As  are  indicated  by 
the  darkest  color.  As  the  color  becomes  lighter,  the  scale  moves  from  10  ppm  to 
5  ppm  to  3  ppm,  and  then  to  cases  where  fewer  than  10%  of  samples  exceed 
3  ppm.  The  white  areas  are  those  for  which  there  were  insufficient  data 

22.9  I  Carbon 

▲  Figure  22.40   Synthetic  diamonds. 
Graphite  and  synthetic  diamonds  prepared  from 
graphite  Most  synthetic  diamonds  lack  the  size, 
color,  and  clarity  of  natural  diamonds  and  are 
therefore  not  used  in  jewelry. 

Carbon  constitutes  only  0.027%  of  Earth's  crust,  so  it  is  not  an  abundant  ele- 
ment. Although  some  carbon  occurs  in  elemental  form  as  graphite  and  dia- 

mond, most  is  found  in  combined  form.  Oxer  half  occurs  in  carbonate 

compounds,  such  as  CaCO-,.  Carbon  is  also  found  in  coal,  petroleum,  and  nat- 
ural gas.  The  importance  of  the  element  stems  in  large  part  from  its  occurrence 

in  all  living  organisms:  Life  as  we  know  it  is  based  on  carbon  compounds.  In 
this  section  we  will  take  a  brief  look  at  carbon  and  its  most  common  inorganic 
compounds.  We  will  discuss  organic  chemistry  in  Chapter  25. 

Elemental  Forms  of  Carbon 

Carbon  exists  in  four  allotropic  crystalline  forms:  graphite,  diamond,  fullerenes, 

and  carbon  nanotubes.  Graphite  is  a  soft,  black,  slipper)'  solid 
that  has  a  metallic  luster  and  conducts  electricity.  It  consists  of  parallel  sheets  of 
carbon  atoms;  the  sheets  are  held  together  by  London  forces  [Figure  11.41(b)]. 

Diamond  is  a  clear,  hard  solid  in  which  the  carbon  atoms  form  a  covalent 

network  [Figure  11.41(a)].  Diamond  is  denser  than  graphite  (d  =  2.25  g/cirr  for 

graphite;  d  =  3.51  g/cm  for  diamond).  At  verv  high  pressures  and  tempera- 

tures (on  the  order  of  100,000  atm  at  3000°C)  graphite  converts  to  diamond 

(Figure  22.40  4).  About  3  <  104kg  of  industrial-grade  diamonds  are  synthe- 
sized each  year,  mainly  for  use  in  cutting,  grinding,  and  polishing  tools. 



22.9     |     Carbon  973 

Fullerenes  are  molecular  forms  of  carbon  that  were  discovered  in  the  mid- 

1980s  (see  "A  Closer  Look"  box  in  Section  11.8).  Fullerenes  consist  of  individ-  ft  9  $  9&  **  8  0  8 
ual  molecules  like  Ch(l  and  CyQ.  The  Ch(l  molecules  resemble  soccer  balls  w^j^r^f^y^j*?™ 
(Figure  11.43).  The  chemical  properties  of  these  substances  are  currently  being  %  ^^u^wgrtor^T 
explored  by  numerous  research  groups.  Closely  related  to  these  molecular 

forms  of  carbon  are  carbon  nanotubes,  which  consist  of  single  or  multiple  lay- 
ers of  carbon  rolled  into  cylindrical  form,  as  illustrated  in  the  margin.  "4  o$ 

Graphite  also  exists  in  three  common  amorphous  forms.  Carbon  black  is 

formed  when  hydrocarbons  such  as  methane  are  heated  in  a  very  limited  sup- 
ply of  oxygen. 

9Q 
bVA  tt,  ad.  «  «0l  «ft ™  9     $Q     &9  *Q 

CH4(g)  +  02(g)  -  -»>  C(s)  +  2  H:0(,v)  [22.81  ] 

It  is  used  as  a  pigment  in  black  inks;  large  amounts  are  also  used  in  making 

automobile  tires.  Charcoal  is  formed  when  wood  is  heated  strongly  in  the  ab- 
sence of  air.  Charcoal  has  a  very  open  structure,  giving  it  an  enormous  surface 

area  per  unit  mass.  Activated  charcoal,  a  pulverized  form  whose  surface  is 

cleaned  by  heating  with  steam,  is  widely  used  to  adsorb  molecules.  It  is  used 

in  filters  to  remove  offensive  odors  from  air  and  colored  or  bad-tasting  impu- 
rities from  water.  Coke  is  an  impure  form  of  carbon  formed  when  coal  is  heat- 

ed strongly  in  the  absence  of  air.  It  is  widely  used  as  a  reducing  agent  in 
metallurgical  opera tions. 

3-D  MODELS 

Diamond,  Graphite,  Fullerene 

Oxides  of  Carbon 

Carbon  forms  two  principal  oxides:  carbon  monoxide  (CO)  and  carbon  dioxide  *  movie 
(CGS).  Carbon  monoxide  is  formed  when  carbon  or  hydrocarbons  are  burned  in  a  ̂   Reduction  of  CuO 
limited  supply  of  oxygen. 

2C(s)  +  02(g)   "  2CO(;S0  [22.82] 

It  is  a  colorless,  odorless,  and  tasteless  gas  (mp  =  -199°C;  bp  -  192  C).  It  is 
toxic  because  it  can  bind  to  hemoglobin  and  thus  interfere  with  oxygen  trans- 

port. Low-level  poisoning  results  in  headaches  and  drowsi- 
ness; high-level  poisoning  can  cause  death.  Carbon  monoxide  is  produced  by 

automobile  engines,  and  it  is  a  major  air  pollutant. 

Carbon  monoxide  is  unusual  in  that  it  has  a  lone  pair  of  electrons  on  car- 
bon: :C  =  0:.  It  is  also  isoelectronic  with  N2,  so  you  might  imagine  that  CO 

would  be  equally  unreactive.  Moreover,  both  substances  have  high  bond  ener- 
gies (1072  kj/mol  for  C  =  0  and  94 1  kj/mol  for  N==N).  Because  of  the  lower 

nuclear  charge  on  carbon  (compared  with  either  N  or  O),  however,  the  lone 
pair  on  carbon  is  not  held  as  strongly  as  that  on  N  or  O.  Consequently,  CO  is 

better  able  to  function  as  an  electron-pair  donor  (Lewis  base)  than  is  N2.  It 
forms  a  wide  variety  of  covalent  compounds,  known  as  metal  carbonyls,  with 
transition  metals.  Ni(CO)4,  for  example,  is  a  volatile,  toxic  compound  that  is 

formed  by  simply  warming  metallic  nickel  in  the  presence  of  CO.  The  forma- 
tion of  metal  carbonvls  is  the  first  step  in  the  transition-metal  catalysis  of  a 

variety  of  reactions  of  CO. 
Carbon  monoxide  has  several  commercial  uses.  Because  it  burns  readily, 

forming  CO2,  it  is  employed  as  a  fuel. 

2CO(x)  +  02(g)   ►  2C02(#)       AH   =  -566 kj  [22.83] 

It  is  also  an  important  reducing  agent,  widely  used  in  metallurgical  operations 
to  reduce  metal  oxides,  such  as  the  iron  oxides  in  blast  furnaces. 

Fe304(s)  +  4  CO(y) 3  Fe(s)  +  4  CO:(x) [22.84] 
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CHEMISTRY  AT  WORK  |  Carbon  Fibers  and  Composites 

The  properties  of  graphite  are  anisotropic;  that  is,  they  dif- 
fer in  different  directions  through  the  sola).  Along  the  car- 

bon planes,  graphite  possesses  great  strength  because  of  the 
number  and  strength  of  the  carbon-carbon  bonds  in  this  direc- 

tion. The  bonds  between  plant's  are  relatively  weak,  how e\  er, 
making  graphite  weak  in  that  direction. 

Fibers  of  graphite  can  be  prepared  in  which  the  carbon 
planes  are  aligned  to  varying  extents  parallel  to  the  fiber  axis. 
These  fibers  are  also  lightweight  (density  of  about  2g/cm  ) 
and  chemically  quite  unreactive.  The  oriented  fibers  are  made 

by  first  slowly  pyrolyzing  (decomposing  by  action  of  heat)  or- 
ganic fibers  at  about  150°C  to  300°C.  These  fibers  are  then 

heated  to  about  2500'C  to  graphitize  them  (convert  amor- 
phous carbon  to  graphite).  Stretching  the  fiber  during  pyroly- 

sis  helps  orient  the  graphite  planes  parallel  to  the  fiber  axis. 

More  amorphous  carbon  fibers  are  formed  by  pyrolvsis  of  or- 
ganic fibers  at  lower  temperatures  (1200°C  to  400  C).  These 

amorphous  materials,  commonly  called  carbon  fibers,  are  the 
type  most  commonly  used  in  commercial  materials. 

Composite  materials  that  take  advantage  of  the  strength, 
stability,  and  low  density  of  carbon  fibers  are  widely  used. 
Composites  are  combinations  of  two  or  more  materials.  These 
materials  are  present  as  separate  phases  and  are  combined  to 
form  structures  that  take  advantage  of  certain  desirable  prop- 

erties of  each  component.  In  carbon  composites  the  graphite 
fibers  are  often  woven  into  a  fabric  that  is  embedded  in  a  ma- 

trix that  binds  them  into  a  solid  structure.  The  fibers  transmit 

loads  evenly  throughout  the  matrix.  The  finished  composite  is 
thus  stronger  than  any  one  of  its  components. 

Epoxy  systems  are  useful  matrices  because  of  their  excel- 
lent adherence.  They  are  used  widely  in  a  number  of  applica- 

tions, including  high-performance  graphite  sports  equipment 
such  as  tennis  racquets,  golf  clubs,  and,  more  recently,  bicycle 
frames  (Figure  22.41  ▼).  Epoxy  svstems  can  be  used  only 
when  the  temperature  remains  below  150  C.  More  heat- 
resistant  resins  are  required  for  many  aerospace  applications, 
where  carbon  composites  now  find  wide  use. 

▲  Figure  22.41    Carbon  composites.  Carbon  composites  are  used 
extensively  in  aerospace  and  automotive  applications  and  in  sporting  goods.  These 

high-performance  (and  high-priced!)  bike  wheels  have  a  carbon-fiber-composite 
frame,  which  makes  them  very  lightweight  and  helps  them  absorb  road  shocks. 

A  Figure  22.42   C02  formation.  Solid 
CaCO;  reacts  with  a  solution  of  hydrochloric  acid 
to  produce  C02  gas,  seen  here  as  the  bubbles  in 
the  beaker. 

This  reaction  is  discussed  in  greater  detail  in  Section  23.2.  Carbon  monoxide  is 
also  used  in  the  preparation  of  several  organic  compounds.  In  Section  22.2  we 
saw  that  it  can  be  combined  catalvticallv  with  Hi  to  manufacture  methanol 

(CH3OH)  (Equation  22.14). 
Carbon  dioxide  is  produced  when  carbon-containing  substances  are  burned 

in  excess  oxygen. 
C(s)  +  02(g) 

C2H5OH(/)  +  3  02(g)  — 

-  C02(g)  [22.85] 

2C02(g)  +  3H20(g)  [22.86] 

It  is  also  produced  when  many  carbonates  are  heated. 

CaC03(s)         CaCO(s)  +  C02(g)  [22.87] 

Large  quantities  are  also  obtained  as  a  by-product  of  the  fermentation  of  sugar 
during  the  production  of  ethanol. 

C6H1206(flq) 

Glucose yeast 
2C2H5OHH)  +  2C02C?)  [22.88] 

Ethanol 

In  the  laboratory,  C02  can  be  produced  by  the  action  of  acids  on  carbonates,  as 

shown  in  Figure  22.42  -4: 

C032~(aq)  +  2H+(aq)   *  C02(g)  +  H20(/)  [22.89] 
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Carbon  dioxide  is  a  colorless  and  odorless  gas.  It  is  a  minor  component  of 

Earth's  atmosphere  but  a  major  contributor  to  the  so-called  greenhouse  effect. 
(Section  18.4)  Although  it  is  not  toxic,  high  concentrations  increase  respira- 
tion rate  and  can  cause  suffocation.  It  is  readily  liquefied  by  compression. 

When  cooled  at  atmospheric  pressure,  however,  it  condenses  as  a  solid  rather 

than  as  a  liquid.  I  he  solid  sublimes  at  atmospheric  pressure  at  -78°C.  This 
property  makes  solid  C02  valuable  as  a  refrigerant  that  is  always  free  of  the  liq- 

uid form.  Solid  C02  is  known  as  Dry  Ice.  About  half  of  the  C02  consumed  an- 
nually is  used  for  refrigeration.  The  other  major  use  is  in  the  production  of 

carbonated  beverages.  Large  quantities  are  also  used  to  manufacture  washing 

soda  (Na2COyl0  H20)  and  baking  soda  (NaHCOj.  Baking  soda  is  so  named  be- 
cause the  following  reaction  occurs  in  baking: 

NaHC03(s)  +  H+(aq)  *  Na+(aq)  +  C02(g)  +  H20(/)  |22»0| 

The  H+(aq)  is  provided  by  vinegar,  sour  milk,  or  the  hydrolysis  of  certain  salts.  The 
bubbles  of  C02  that  form  are  trapped  in  the  dough,  causing  it  to  rise.  Washing  soda 
is  used  to  precipitate  metal  ions  that  interfere  with  the  cleansing  action  of  soap. 

Q    GIVE  IT  SOME  THOUGHT 

What  solid  would  precipitate  if  you  treated  a  solution  containing  Mg2    ions  with 
washing  soda? 

'\7 

MOVIE 

Carbonic  Acid  and  Carbonates 

Carbon  dioxide  is  moderately  soluble  in  H20  at  atmospheric  pressure.  The  re- 
sultant solutions  are  moderately  acidic  because  ot  the  formation  of  carbonic 

acid  (H2C03). 

C02(aq)  +  H20(/)  =;  H2CO^/)  (22.^1  j 

Carbonic  acid  is  a  weak  diprotic  acid.  Its  acidic  character  causes  carbonated 
beverages  to  have  a  sharp,  slightly  acidic  taste. 

Although  carbonic  acid  cannot  be  isolated  as  a  pure  compound,  hydrogen 

carbonates  (bicarbonates)  and  carbonates  can  be  obtained  by  neutralizing  car-        i™j  Carbon  Dioxide  Behaves  as  an  Acid  in  Water 
bonic  acid  solutions.  Partial  neutralization  produces  HCO^  ,  and  complete 
neutralization  gives  CO3  . 

The  HCO-A  ion  is  a  stronger  base  than  acid  ( Kt,  =  2.3  X  10  s; 
K„  =  5.6  x  lCT11).  Consequently,  aqueous  solutions  of  HCCh  are  weakly 
alkaline. 

HCCh  (aq)  +  H20(/)  =^  H2C03(^)  +  OH  (aq)  [22.92] 

The  carbonate  ion  is  much  more  strongly  basic  ( Kj,  =  1.8  x  10  4). 

C032~(aq)  +  H20(/)         HCCV  (aq)  +  OH  (aq)  [22.93] 

Minerals  containing  the  carbonate  ion  are  plentiful.  The  principal  carbon- 
ate minerals  are  calcite  (CaCO-A  magnesite  (MgCO-A  dolomite  [MgCa(CO-02|, 

and  siderite  (FeCO-A  Calcite  is  the  principal  mineral  in  limestone  rock,  large 
deposits  of  which  occur  in  many  parts  of  the  world.  It  is  also  the  main  con- 

stituent of  marble,  chalk,  pearls,  coral  reefs,  and  the  shells  of  marine  animals 

such  as  clams  and  oysters.  Although  CaCO^  has  low  solubility  in  pure  water,  it 
dissolves  readily  in  acidic  solutions  with  evolution  of  C02. 

CaCO^(s)  +  2  H  '(aq)  ̂ =  Ca2+(aq)  +  H20(/)  +  C02(g)  [22.94] 

Because  water  containing  C02  is  slightly  acidic  (Equation  22.91),  CaC03  dis- 
solves slowly  in  this  medium: 

CaC03(s)  +  H20(/)  +  C02(g)   »  Ca2+(aq)  +  2HC03  (aq)  [22.95] 
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►  Figure  22.43  Carlsbad  Caverns,  New 
Mexico. 

This  reaction  occurs  when  surface  waters  move  underground  through  lime- 

stone deposits.  It  is  the  principal  way  that  Ca2+  enters  groundwater,  producing 
"hard  water."  If  the  limestone  deposit  is  deep  enough  under- 

ground, the  dissolution  of  the  limestone  produces  a  cave.  Two  well-known 
limestone  caves  are  Mammoth  Cave  in  Kentucky  and  Carlsbad  Caverns  in 
New  Mexico  (Figure  22.43  A). 

One  of  the  most  important  reactions  of  CaCC>3  is  its  decomposition  into 
CaO  and  C02  at  elevated  temperatures,  given  earlier  in  Equation  22.87.  About 
2.0  X  10  kg  (22  million  tons)  of  calcium  oxide,  known  as  lime  or  quicklime,  is 
produced  in  the  United  States  annually.  Because  calcium  oxide  reacts  with 
water  to  form  Ca(OH)2,  it  is  an  important  commercial  base.  It  is  also  important 

in  making  mortar,  which  is  a  mixture  of  sand,  water,  and  CaO  used  in  construc- 
tion to  bind  bricks,  blocks,  and  rocks  together.  Calcium  oxide  reacts  with  water 

and  CO2  to  form  CaCOj,  which  binds  the  sand  in  the  mortar. 

CaO(s)  +  H20(/)         Ca2+(aq)  +  2  0H~(aq)  [22.96] 

Ca2+(aq)  +  2  0H~(aq)  +  C02(aq)   »  CaC03(s)  +  H20(Z)  [22.97] 

Carbides 

The  binary  compounds  of  carbon  with  metals,  metalloids,  and  certain  non- 
metals  are  called  carbides.  There  are  three  types:  ionic,  interstitial,  and  cova- 
lent.  The  ionic  carbides  are  formed  by  the  more  active  metals.  The  most 

common  ionic  carbides  contain  the  acetylide  ion  (C2Z~).  This  ion  is  isoelectronic 
with  N2,  and  its  Lewis  structure,  [:C  =  0]2~,  has  a  carbon-carbon  triple  bond. 
The  most  important  ionic  carbide  is  calcium  carbide  (CaC2),  which  is  produced 
by  the  reduction  of  CaO  with  carbon  at  high  temperature: 

2  CaO(s)  +  5  C(s)   »  2  CaC2(s)  +  C02(g)  [22.98] 

The  carbide  ion  is  a  very  strong  base  that  reacts  with  water  to  form  acetylene 

(H  —  C  =  C  —  H),  as  in  the  following  reaction: 

CaC2(s)  +  2  H20(J)  *  Ca(OH)2(rt«/)  +  C2H2(g)  [22.99] 

Calcium  carbide  is  therefore  a  convenient  solid  source  of  acetylene,  which  is 
used  in  welding  (Figure  22.17). 

Interstitial  carbides  are  formed  by  many  transition  metals.  The  carbon  atoms 

occupy  open  spaces  (interstices)  between  metal  atoms  in  a  manner  analogous  to 
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the  interstitial  hydrides.  Tungsten  carbide,  for  example,  is  very 

hard  and  very  heat-resistant,  and  is  thus  used  to  make  cutting  tools. 
Covalent  carbides  are  formed  by  boron  and  silicon.  Silicon  carbide  (SiC), 

known  as  Carborundum 1 ,  is  used  as  an  abrasive  and  in  cutting  tools.  .Almost  as 
hard  as  diamond,  SiC  has  a  diamond-like  structure  with  alternating  Si  and  C 
atoms. 

Other  Inorganic  Compounds  of  Carbon 

Hydrogen  cyanide,  1 1CN  (Figure  22.44  ►  ),  is  an  extremely  toxic  gas  that  has  the 
odor  of  bitter  almonds.  It  is  produced  by  the  reaction  of  a  cyanide  salt,  such  as 
NaCN,  with  an  acid  [see  Sample  Exercise  22.2(c)]. 

Aqueous  solutions  of  HCN  are  known  as  hydrocyanic  acid.  Neutralization 
with  a  base,  such  as  NaOH,  produces  cyanide  salts,  such  as  NaCN.  Cyanides 

find  use  in  the  manufacture  of  several  well-known  plastics,  including  nylon  and 

Orion  '.  The  CN    ion  forms  very  stable  complexes  with  most  transition  metals. 
Carbon  disulfide,  CS2  (Figure  22.44),  is  an  important  industri- 

al solvent  for  waxes,  greases,  celluloses,  and  other  nonpolar  substances.  It  is  a 
colorless  volatile  liquid  (bp  46.3  C).  The  vapor  is  very  poisonous  and  highly 
flammable.  The  compound  is  formed  by  direct  reaction  of  carbon  and  sulfur  at 
high  temperature. 

Hydrogen  cyanide 

H 

a 

Carbon  disulfide 

▲  Figure  22.44  Structures  of  hydrogen 
cyanide  and  carbon  disulfide. 

22.10  I  The  Other  Group  4A  Elements:  Si,  Ge,  Sn,  and  Pb 

The  other  elements  of  group  4A,  in  addition  to  carbon,  are  silicon,  germanium,  tin, 
and  lead.  The  general  trend  from  nonmetallic  to  metallic  character  as  we  go  down 

a  family  is  strikingly  ev  ident  in  group  4A.  Carbon  is  a  nonmetal;  silicon  and  ger- 
manium are  metalloids;  tin  and  lead  are  metals.  In  this  section  we  will  consider  a 

few  general  characteristics  of  group  4A  and  then  look  more  thoroughly  at  silicon. 

General  Characteristics  of  the  Group  4A  Elements 

Some  properties  of  the  group  4A  elements  are  given  in  Table  22. <S  T.  The  ele- 
ments possess  the  outer-shell  electron  configuration  ns  np  .  The  electronegativ  - 

ities of  the  elements  are  generally  low;  carbides  that  formally  contain  C4  ions 
are  observed  only  in  the  case  of  a  few  compounds  of  carbon  with  very  activ  e 

metals.  Formation  of  4+  ions  by  electron  loss  is  not  observed  for  any  of  these  el- 
ements; the  ionization  energies  are  too  high.  The  +2  oxidation  state  is  found  in 

the  chemistry  of  germanium,  tin,  and  lead,  however,  and  it  is  the  principal  oxi- 
dation state  for  lead.  The  vast  majority  of  the  compounds  of  the  group  4A  ele- 
ments are  covalently  bonded.  Carbon  forms  a  maximum  of  four  bonds.  The 

other  members  of  the  family  are  able  to  form  higher  coordination  numbers 

through  valence-shell  expansion. 
Carbon  differs  from  the  other  group  4A  elements  in  its  pronounced  ability 

to  form  multiple  bonds  both  with  itself  and  with  other  nonmetals,  especially  N, 
O,  and  S.  The  origin  of  this  behavior  was  considered  earlier. 

TABLE  22.8    Some  Properties  of  the  Group  4A  Elements 

Property C Si 
Ge 

Sn  Pb 

Atomic  radius  (A) 0.77 1.17 1 .22 1.40  1.46 

First  ionization  energy  (kj/mol) 
1086 

786 762 704  716 

Electronegativity 
2.5 L.8 

1.8 1 .8         1 .9 

X  —  X  single-bond  enthalpy  (kj/mol) 348 
226 188 

151 
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▲  Figure  22.45   Elemental  silicon.  To 
prepare  electronic  devices,  silicon  powder  is 
melted  and  drawn  into  a  single  crystal  by  zone 
refining  (top).  Wafers  of  silicon  (bottom)  cut  from 
the  crystal  are  subsequently  treated  by  a  series  of 
elegant  techniques  to  produce  various  electronic 
devices. 

Inert  atmosphere 

▲  Figure  22.46  Zone-refining  apparatus. 

Table  22.8  shows  that  the  strength  of  a  bond  between  two  atoms  of  a  given  el- 
ement decreases  as  we  go  down  group  4A.  Carbon-carbon  bonds  are  quite  strong. 

Carbon,  therefore,  lias  a  striking  ability  to  form  compounds  in  which  carbon 
atoms  are  bonded  to  one  another  in  extended  chains  and  rings,  which  accounts 

for  the  large  number  of  organic  compounds  that  exist.  Other  elements,  espe- 
cially those  in  the  vicinity  of  carbon  in  the  periodic  table,  can  also  form  chains 

and  rings,  but  these  bonds  are  far  less  important  in  the  chemistries  of  these 

other  elements.  The  Si  —  Si  bond  strength  (226  kJ/mol),  for  example,  is  much 

smaller  than  the  Si — O  bond  strength  (386  kj/mol).  As  a  result,  the  chemistry 
of  silicon  is  dominated  by  the  formation  of  Si  —  O  bonds,  and  Si — Si  bonds 
play  a  rather  minor  role. 

Occurrence  and  Preparation  of  Silicon 

Silicon  is  the  second  most  abundant  element,  after  oxygen,  in  Earth's  crust.  It  oc- 
curs in  SiOT  and  in  an  enormous  variety  of  silicate  minerals.  The  element  is  ob- 

tained by  the  reduction  of  molten  silicon  dioxide  with  carbon  at  high  temperature. 

SiQ2(/)  +  2C(s)   ►  Si(/)  +  2CO(g)  [22.100] 

Elemental  silicon  has  a  diamond-type  structure  [see  Figure  11.41(a)].  Crys- 

talline silicon  is  a  gray  metallic-looking  solid  that  melts  at  1410°C 
(Figure  22.45  A).  The  element  is  a  semiconductor  (Section  12.1)  and  is  thus  used 
in  making  transistors  and  solar  cells.  To  be  used  as  a  semiconductor,  it  must  be 

extremely  pure,  possessing  less  than  10  '%  (1  ppb)  impurities.  One  method  of 
purification  is  to  treat  the  element  with  CE  to  form  SiCl4.  The  SiCl4  is  a  volatile 

liquid  that  is  purified  by  fractional  distillation  and  then  converted  back  to  ele- 
mental silicon  by  reduction  with  Eh: 

SiCl4(g)  +  2  H2(g)  *  Si(s)  +  4  HC1(^)  [22.101] 

The  element  can  be  further  purified  by  the  process  of  zone  refining.  In  the  zone-re- 
fining process,  a  heated  coil  is  passed  slowly  along  a  silicon  rod,  as  shown  in 

Figure  22.46  A.  A  narrow  band  of  the  element  is  thereby  melted.  As  the  molten  area 

is  sw  ept  slowly  along  the  length  of  the  rod,  the  impurities  concentrate  in  the  molten 
region,  following  it  to  the  end  of  the  rod.  The  purified  top  portion  of  the  rod  is 
retained  for  manufacture  of  electronic  devices. 

Silicates 

Silicon  dioxide  and  other  compounds  that  contain  silicon  and  oxygen  comprise 

over  90%  of  Earth's  crust.  Silicates  are  compounds  in  which  a  silicon  atom  is  sur- 
rounded in  a  tetrahedral  fashion  by  four  oxygens,  as  shown  in  Figure  22.47(a)  ►. 

In  silicates,  silicon  is  found  in  its  most  common  oxidation  state,  +4.  The  simple 

Si044  ion,  which  is  known  as  the  orthosilicate  ion,  is  found  in  very  few  silicate 

minerals.  We  can  view  the  silicate  tetrahedra,  however,  as  "building  blocks"  that 
are  used  to  build  mineral  structures.  The  individual  tetrahedra  are  linked  togeth- 

er by  a  common  oxygen  atom  that  serves  as  a  vertex  of  both  tetrahedra. 
We  can  link  two  silicate  tetrahedra  together,  for  example,  by  sharing  one 

oxygen  atom,  as  shown  in  Figure  22.47(b).  The  resultant  structure,  called  the 
disilicate  ion,  has  two  Si  atoms  and  seven  O  atoms.  Si  and  O  are  in  the  +4  and 

-2  oxidation  states,  respectively,  in  all  silicates,  so  the  overall  charge  of  the  ion 
must  be  consistent  with  these  oxidation  states.  Thus,  the  charge  on  Si207  is 

(2)(+4)  +  (7)(-2)  =  -6;  it  is  the  Si207h~  ion.  The  mineral  thortveitite 

(Sc2Si207)  contains  Si^Oj'1-  ions. In  most  silicate  minerals  a  large  number  of  silicate  tetrahedra  are  linked  to- 
gether to  form  chains,  sheets,  or  three-dimensional  structures.  We  can  connect 

two  vertices  of  each  tetrahedron  to  two  other  tetrahedra,  for  example,  leading  to 

an  infinite  chain  with  an  •  •  •  O  —  Si  —  O  —  Si  •  •  •  backbone.  This  structure,  called 
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►  Figure  22.47   Silicate  structures,  (a)  Structure  of  the  Si04 

tetrahedron  of  the  Si044  ion.  This  ion  is  found  in  several  minerals, 
including  zircon  (ZrSi04).  (b)  Geometrical  structure  of  the  Si2076  ion, 
which  is  formed  when  two  Si04  tetrahedra  share  a  corner  oxygen  atom. 
This  ion  occurs  in  several  minerals,  including  hardystonite,  Ca2Zn(Si20,). Si 

a  single-strand  silicate  chain,  is  represented  in  Figure  22.48(a)  ▼.  As  shown,  this 

chain  can  be  viewed  as  repeating  units  of  the  Si^O,,4  ion  or,  in  terms  of  its  sim- 
plest formula,  S1O3  .  The  mineral  enstatite  (MgSiOO  consists  of  rows  of  single- 

strand  silicate  chains  with  Mg-'  ions  between  the  strands  to  balance  charge. 
In  Figure  22.48(h)  each  silicate  tetrahedron  is  linked  to  three  others,  forming 

an  infinite  two-dimensional  sheet  structure.  The  simplest  formula  of  this  infinite 
sheet  is  SioCV  .  The  mineral  talc,  also  known  as  talcum  powder,  has  the  formula 
Mg^SiiOshCOH):  and  is  based  on  this  sheet  structure.  The  Mg  and  OH  ions 

lie  between  the  silicate  sheets.  The  slippery  feel  of  talcum  powder  is  due  to  the  sil- 
icate sheets  sliding  relative  to  one  another,  much  like  the  sheets  of  carbon  atoms 

slide  in  graphite,  giving  graphite  its  lubricating  properties. 
Asbestos  is  a  general  term  applied  to  a  group  of  fibrous  silicate  minerals. 

These  minerals  possess  chainlike  arrangements  of  the  silicate  tetrahedra  or  sheet 
structures  in  which  the  sheets  are  formed  into  rolls.  The  result  is  that  the  miner- 

als have  a  fibrous  character,  as  shown  in  Figure  22. 4C<  ►.  Asbestos  minerals  have 

been  widely  used  as  thermal  insulation,  especially  in  high-temperature  applica- 
tions, because  of  the  great  chemical  stability  of  the  silicate  structure.  In  addition, 

the  fibers  can  be  woven  into  asbestos  cloth,  which  can  be  used  for  fireproof 

curtains  and  other  applications.  However,  the  fibrous  structure  of  asbestos  min- 
erals poses  a  health  risk.  Tiny  asbestos  fibers  readily  penetrate  soft  tissues,  such 

as  the  lungs,  where  they  can  cause  diseases,  including  cancer.  The  use  of  as- 
bestos as  a  common  building  material  has  therefore  been  discontinued. 

Repeating 
unit 

9 

(a) 

Si 

9 

Si 

§ 
(b) 

Single-strand  silicate  chain,  SiiO,,4 

(.]) 

Two-dimensional  silicate  sheet,  Si  >(  > , 
(b) 

▲  Figure  22.48   Silicate  chains  and  sheets.  Silicate  structures  consist  of  tetrahedra  linked  together  through  their  vertices  by  a  shared  oxygen  atom 
(a)  Representation  of  an  infinite  single-strand  silicate  chain.  Each  tetrahedron  is  linked  to  two  others.  The  box  shows  the  repeating  unit  of  the  chain,  which 
is  similar  to  the  unit  cell  of  solids  (Section  11.7);  the  chain  can  be  viewed  as  an  infinite  number  of  repeating  units,  laid  side  by  side.  The  repeating  unit  has 

a  formula  of  Si2064  or  has  the  simplest  formula,  Si032  .  (b)  Representation  of  a  two-dimensional  sheet  structure.  Each  tetrahedron  is  linked  to  three 
others.  The  repeating  unit  of  the  sheet  has  the  formula  Si2052  . 
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▲  Figure  22.49  Serpentine  asbestos. 
Note  the  fibrous  character  of  this  silicate  mineral. 

When  all  four  vertices  of  each  Si04  tetrahedron  are  linked  to  other  tetra- 

hedra, the  structure  extends  in  three  dimensions.  This  linking  of  the  tetrahe- 

dra  forms  quartz  (Si02),  which  was  depicted  rwo-dimensionally  in 
Figure  11.30(a).  Because  the  structure  is  locked  together  in  a  three- 
dimensional  array  much  like  diamond  [Figure  1 1.41(a)],  quart/  is  harder  than 
strand-  or  sheet-type  silicates. 

VM  SAMPLE  EXERCISE  22.10  |  Determining  an  Empirical  Formula 

The  mineral  chrysotile  is  a  noncarcinogenic  asbestos  mineral  that  is  based  on  the  sheet 
structure  shown  in  Figure  22.48(b).  In  addition  to  silicate  tetrahedra,  the  mineral  con- 

tains Mg-'  and  OH  ions.  Analysis  of  the  mineral  shows  that  there  are  1.5  Mg  atoms 
per  Si  atom.  What  is  the  empirical  formula  for  chrysotile? 

Solution 

Analyze:  A  mineral  is  described  that  has  a  sheet  silicate  structure  with  Mg2H  and 
OH  ions  to  balance  charge  and  1.5  Mg  for  each  1  Si.  We  are  asked  to  write  the  em- 

pirical formula  for  the  mineral. 

Plan:  As  shown  in  Figure  22.48(b),  the  silicate  sheet  structure  is  based  on  the  Si2Os2~ 
ion.  We  first  add  Mg2"  to  give  the  proper  Mg/Si  ratio.  We  then  add  OH  ions to  obtain  a  neutral  compound. 

Solve:  The  observation  that  the  Mg :  Si  ratio  equals  1.5  is  consistent  with  three  Mg2"  ions 
per  Si2Os2~  ion.  The  addition  of  three  Mg2  ions  would  make  Mg^Si^OO4*.  In  order  to 
achieve  charge  balance  in  the  mineral,  there  must  be  four  OH  ions  per  Si20=;2  ion. 
Thus,  the  formula  of  chrysotile  is  Mg^(Si2O0(OH)4.  Since  this  is  not  reducible  to  a  sim- 

pler formula,  this  is  the  empirical  formula. 

mm  PRACTICE  EXERCISE 

The  cyclosilicate  ion  consists  of  three  silicate  tetrahedra  linked  together  in  a  ring.  The 
ion  contains  three  Si  atoms  and  nine  O  atoms.  What  is  the  overall  charge  on  the  ion? 

Answer:  6— 

Glass 

Quartz  melts  at  approximately  1600  C,  forming  a  tacky  liquid.  In  the  course  of 

melting,  many  silicon-oxygen  bonds  are  broken.  When  the  liquid  is  rapidlv 
cooled,  silicon-oxygen  bonds  are  re-formed  before  the  atoms  are  able  to 
arrange  themselves  in  a  regular  fashion.  An  amorphous  solid,  known  as  quartz 
glass  or  silica  glass,  results  (see  Figure  11.30).  Manv  different  substances  can  be 
added  to  Si02  to  cause  it  to  melt  at  a  lower  temperature.  The  common  glass 

used  in  windows  and  bottles  is  known  as  soda-lime  glass.  It  contains  CaO  and 
Na20  in  addition  to  Si02  from  sand.  The  CaO  and  Na20  are  produced  by  heat- 

ing two  inexpensive  chemicals,  limestone  (CaCO-O  and  soda  ash  (Na2C03). 
These  carbonates  decompose  at  elevated  temperatures: 

CaC03(s)   *  CaO(s)  +  C02(g)  [22.102] 

Na2C03(s)   >  Na20(s)  +  C02(g)  [22.103] 

Other  substances  can  be  added  to  soda-lime  glass  to  produce  color  or  to 
change  the  properties  of  the  glass  in  various  ways.  The  addition  of  CoO,  for 

example,  produces  the  deep  blue  color  of  "cobalt  glass."  Replacing  Na20  by  K20 
results  in  a  harder  glass  that  has  a  higher  melting  point.  Replacing  CaO  by  PbO  re- 

sults in  a  denser  "lead  crystal"  glass  with  a  higher  refractive  index.  Lead  crystal  is 
used  for  decorative  glassware;  the  higher  refractive  index  gives  this  glass  a  particu- 

larly sparkling  appearance.  Addition  of  nonmetal  oxides,  such  as  B2O3  and  P4O10, 
which  form  network  structures  related  to  the  silicates,  also  changes  the  properties 

of  the  glass.  Adding  B2O3  creates  a  glass  with  a  higher  melting  point  and  a  greater 
ability  to  withstand  temperature  changes.  Such  glasses,  sold  commercially  under 

trade  names  such  as  Pyrex1  and  Kimax' ,  are  used  where  resistance  to  thermal 
shock  is  important,  such  as  in  laboratory  glassware  or  coffeemakers. 
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Silicones 

Silicones  consist  of  O  —  Si  —  O  chains  in  which  the  remaining  bonding  posi- 
tions on  each  silicon  are  occupied  by  organic  groups  such  as  CH3.  The  chains 

are  terminated  by  — Si(CH3)3  groups: 

1-hC    CI-h      hhC    CH,      H-fc  CH3 

.Si. .Si. 

O'
 

O'
 

0 Si 

Depending  on  the  length  of  the  chain  and  the  degree  of  cross-linking  be- 
tween chains,  silicones  can  be  either  oils  or  rubberlike  materials.  Silicones  are 

nontoxic  and  have  good  stability  toward  heat,  light,  oxygen,  and  water.  Thev  are 

used  commercially  in  a  wide  variety  of  products,  including  lubricants,  car  polish- 
es, sealants,  and  gaskets.  They  are  also  used  for  waterproofing  fabrics.  When  ap- 

plied to  a  fabric,  the  oxygen  atoms  form  hydrogen  bonds  with  the  molecules  on 

the  surface  of  the  fabric.  The  hydrophobic  (water-repelling)  organic  groups  of  the 
silicone  are  then  left  pointing  away  from  the  surface  as  a  barrier. 

22.11  I  Boron 

Boron  is  the  only  element  of  group  3A  that  can  be  considered  nonmetallic.  The 

element  has  an  extended  network  structure.  Its  melting  point  (2300  C)  is  inter- 
mediate between  that  of  carbon  (3350  C)  and  that  of  silicon  ( 1410  C).  The  elec- 

tron configuration  of  boron  is  [He]2s  2p  . 
In  a  family  of  compounds  called  boranes,  the  molecules  contain  only  boron 

and  hydrogen.  The  simplest  borane  is  BH  v  This  molecule  contains  only  six  va- 
lence electrons  and  is  therefore  an  exception  to  the  octet  rule. 

As  a  result,  BH3  reacts  with  itself  to  form  diborane  (BtH^).  This  reaction  can  be 

viewed  as  a  Lewis  acid-base  reaction  (Section  16.11),  in  which  one  B  —  H  bond- 
ing pair  of  electrons  in  each  BH3  molecule  is  donated  to  the  other.  As  a  result, 

diborane  is  an  unusual  molecule  in  which  hydrogen  atoms  appear  to  form  two 
bonds  (Figure  22.50  ►). 

Sharing  hydrogen  atoms  between  the  two  boron  atoms  compensates  some- 
what for  the  deficiency  in  valence  electrons  around  each  boron.  Nevertheless, 

diborane  is  an  extremely  reactive  molecule,  spontaneously  flammable  in  air. 
The  reaction  of  B2Hh  with  Ot  is  highly  exothermic. 

B2H6(£)  +  3<D2(g) B203(s)  +  3  H20(sT)  AH 

2030  k| 

]  04] 

Other  boranes,  such  as  pentaborane  (Bshh,),  are  also  very  reactive.  Decaborane 

(B10H14)  is  stable  in  air  at  room  temperature,  but  it  undergoes  a  very  exother- 
mic reaction  with  Ot  at  higher  temperatures.  Boranes  were  at  one  time  explored 

as  solid  fuels  for  rockets. 

Boron  and  hydrogen  also  form  a  series  of  anions,  called  borane  unions.  Salts 

of  the  borohydride  ion  (BH4~)  are  widely  used  as  reducing  agents.  This  ion  is 
isoelectronic  with  CH4  and  NH4+.  The  lower  charge  of  the  central  atom  in 

BH4~  means  that  the  hydrogens  of  the  BH4  are  "hydridic";  that  is,  they  carry  a 
partial  negative  charge.  Thus,  it  is  not  surprising  that  borohydrides  are  good  re- 

ducing agents.  Sodium  borohydride  (NaBH4)  is  a  commonly  used  reducing 
agent  for  certain  organic  compounds,  and  you  will  encounter  it  again  should 
you  take  a  course  in  organic  chemistry. 

The  only  important  oxide  of  boron  is  boric  oxide  (B2O3).  This  substance  is 
the  anhydride  of  boric  acid,  which  we  may  write  as  H^BO^  or  B(OHh.  Boric 

acid  is  so  weak  an  acid  (K,,  =  5.8  x  10     )  that  solutions  of  H-BO-i  are  used  as 

n 

hi 

31 
Ga 

s 

I  Mborane  Bil  l„ 

A  Figure  22.50   The  structure  of 
diborane  (B2H6).  Two  of  the  H  atoms  bridge  the 
two  B  atoms,  giving  a  planar  B2H2  core  to  the 
molecule.  Two  of  the  remaining  H  atoms  lie  on 
either  side  of  the  B2H2  core,  giving  a  nearly 
tetrahedral  bonding  environment  about  the  B  atoms 
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an  eyewash.  Upon  heating,  boric  acid  loses  water  by  a  condensation  reaction 
similar  to  that  described  for  phosphorus  in  Section  22.8: 

4  H3B03(s)  -  —  I  [2B407(s)  +  5  H20(g)  [22.103] 

The  diprotic  acid  H2B407  is  called  tetraboric  acid.  The  hydrated  sodium  salt 

Na2B407-l()  H\0,  called  borax,  occurs  in  dry  lake  deposits  in  California  and 
can  also  be  readily  prepared  from  other  borate  minerals.  Solutions  of  borax  are 
alkaline,  and  the  substance  is  used  in  various  laundrv  and  cleaning  products. 

■■SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

The  interhalogen  compound  BrF3  is  a  volatile,  straw-colored  liquid.  The  compound 
exhibits  appreciable  electrical  conductivity  because  of  autoionization. 

2  BrF3(/)         BrF2+(so/i?)  +  Br¥4~(solv) 
(a)  What  are  the  molecular  structures  of  the  BrF;T  and  BrF4  ions?  (b)  The  electrical 
conductivity  of  BrF3  decreases  with  increasing  temperature.  Is  the  autoionization 
process  exothermic  or  endothermic?  (c)  One  chemical  characteristic  of  BrF3  is  that  it 
acts  as  a  Lewis  acid  toward  fluoride  ions.  What  do  we  expect  will  happen  when  KBr 
is  dissolved  in  BrF3? 

Solution  (a)  The  BrF2*  ion  has  a  total  of  7  +  2(7)  -  1  =20  valence-shell  electrons. The  Lewis  structure  for  the  ion  is 
hF— Br— F:J 

Because  there  are  four  electron-pair  domains  around  the  central  Br  atom,  the  resulting 
electron-pair  geometry  is  tetrahedral.  Because  two  of  these  domains 
are  occupied  by  bonding  pairs  of  electrons,  the  molecular  geometry  is  nonlinear. 

The  BrF4  ion  has  a  total  of  7  +  4(7)  +  1  =  36  electrons,  leading  to  the  following 
Lewis  structure. 

:'f" 

.:  \  .  .. 

:F  —  Br'— F: 

"    •  \  V 

.F. 
Because  there  are  six  electron-pair  domains  around  the  central  Br  atom  in  this  ion, 
the  electron-pair  geometry  is  octahedral.  The  two  nonbonding  pairs  of  electrons  are 
located  opposite  each  other  on  the  octahedron,  leading  to  a  square-planar  molecular 
geometry. 

(b)  The  observation  that  conductivity  decreases  as  temperature  increases  indi- 
cates that  there  are  fewer  ions  present  in  the  solution  at  the  higher  temperature.  Thus, 

increasing  the  temperature  causes  the  equilibrium  to  shift  to  the  left.  According  to  Le 

Chatelier's  principle,  this  shift  indicates  that  the  reaction  is  exothermic  as  it  proceeds 
from  left  to  right. 
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(c)  A  Lewis  acid  is  an  electron-pair  acceptor.  The  fluoride 
ion  has  four  valence-shell  electron  pairs  and  can  act  as  a  I  ewis  base  (an  electron-pair 
donor).  Thus,  we  can  envision  the  following  reaction  occurring: 

-Br 

BrR 

BrF4 

SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  22.1  The  periodic  table  is  use- 

ful for  organizing  and  remembering  the  descriptive  chem- 
istry of  the  elements.  Among  elements  of  a  given  group,  size 

increases  with  increasing  atomic  number,  and  electronega- 
tivity and  ionization  energy  decrease.  Nonmetallic  character 

parallels  electronegativity,  so  the  most  nonmetallic  elements 
are  found  in  the  upper  right  portion  of  the  periodic  table. 
Among  the  nonmetallic  elements,  the  first  member  of  each 
group  differs  dramatically  from  the  other  members;  it  forms 
a  maximum  of  four  bonds  to  other  atoms  and  exhibits  a 

much  greater  tendency  to  form  tt  bonds  than  the  heavier 
elements  in  its  group. 

Because  O2  and  HoO  are  abundant  in  our  world,  we 

focus  on  two  important  and  general  reaction  types  as 
we  discuss  the  descriptive  chemistry  of  the  nonmetals: 

oxidation  by  Ot  and  proton-transfer  reactions  involving 
HoO  or  aqueous  solutions. 

Section  22.2  Hydrogen  has  three  isotopes:  protium  (jH), 

deuterium  (yH),  and  tritium  (]'H).  Hydrogen  is  not  a  mem- 
ber of  any  particular  periodic  group,  although  it  is  usually 

placed  above  lithium.  The  hydrogen  atom  can  either  lose 

an  electron,  forming  H+,  or  gain  one,  forming  H  (the  hy- 
dride ion).  Because  the  H  —  H  bond  is  relatively  strong,  Hi 

is  fairly  unreactive  unless  activated  by  heat  or  a  catalyst. 

Hydrogen  forms  a  very  strong  bond  to  oxygen,  so  the  reac- 
tions of  H2  with  oxygen-containing  compounds  usually 

lead  to  the  formation  of  H^O.  Because  the  bonds  in  C( )  and 

COt  are  even  stronger  than  the  O  —  H  bond,  the  reaction  of 
H7O  with  carbon  or  certain  organic  compounds  leads  to 

the  formation  of  Hn.  The  H  '  (<?</)  ion  is  able  to  oxidize  many 
metals,  leading  to  metal  ions  and  the  formation  of  f^Cx')- 
The  electrolysis  of  water  also  forms  H^Qs')- 

The  binary  compounds  of  hydrogen  are  of  three  gen- 
eral types:  ionic  hydrides  (formed  by  active  metals), 

metallic  hydrides  (formed  by  transition  metals),  and 
molecular  hydrides  (formed  by  nonmetals).  The  ionic 

hydrides  contain  the  H  ion;  because  this  ion  is  extremely 
basic,  ionic  hydrides  react  with  H2O  to  form      and  OH  . 

Sections  22.3  and  22.4  The  noble  gases  (group  8A)  ex- 

hibit a  very  limited  chemical  reacth  it)  because  of  the  ex- 
ceptional stability  of  their  electron  configurations.  1  he 

xenon  fluorides  and  oxides  and  K r 1 2  are  the  best- 
established  compounds  of  the  noble  gases. 

The  halogens  (group  7A)  occur  as  diatomic  mole- 
cules. Thev  have  the  highest  electronegativities  of  the  ele- 

ments in  each  row  of  the  periodic  table.  All  except 

fluorine  exhibit  oxidation  states  varying  from  -1  to  •  7. 
Fluorine  is  the  most  electronegative  element,  so  it  is  re- 

stricted to  the  oxidation  states  0  and  1.  The  oxidizing 

power  of  the  element  (the  tendency  to  form  the  1  oxida- 
tion state)  decreases  as  we  proceed  down  the  group.  The 

hydrogen  halides  are  among  the  most  useful  compounds 
ot  these  elements;  these  gases  dissolve  in  water  to  form 

the  hydrohalic  acids,  such  .is  I  1C1((/i/).  I  Ivdrofluoric  acid 
reacts  with  silica  and  is  therefore  used  to  etch  glass.  I  he 

interhalogens  are  compounds  formed  between  two  dif- 
ferent halogen  elements.  C  hlorine,  bromine,  and  iodine 

form  a  series  oi  oxyacids,  in  which  the  halogen  atom  is  in 

a  positiv  e  oxidation  state.  I  hese  compounds  and  their  as- 
sociated oxvanions  are  strong  oxidizing  agents. 

Sections  22.5  and  22.6  Oxygen  has  two  allotropes, 

02  and  O3  (ozone).  Ozone  is  unstable  compared  to  ( ); , 

and  it  is  a  stronger  oxidizing  agent  than  02.  Most  reac- 
tions of  O2  load  to  oxides,  compounds  in  which  oxygen 

is  in  the  2  oxidation  stale.  I  he  soluble  oxides  of  non- 

metals  generally  produce  acidic  aqueous  solutions; 
they  are  (.ailed  acidic  anhydrides  or  acidic  oxides.  In 
contrast,  soluble  metal  oxides  produce  basic  solutions 
and  are  called  basic  anhydrides  or  basic  oxides.  Main 
metal  oxides  that  are  insoluble  in  water  dissolve  in 

acid,  accompanied  by  the  formation  ol  IhO.  Peroxides 
contain  O  —  O  bonds  and  oxygen  in  the     I  oxidation 
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state.  Peroxides  are  unstable,  decomposing  to  O2  and 
oxides.  In  such  reactions. peroxides  are  simultaneously 

oxidized  and  reduced,  a  process  called  disproportion- 
ation.  Superoxides  contain  the  Ot  ion  in  which  oxygen 

is  in  the  —  2  oxidation  state. 
Sulfur  is  the  most  important  of  the  other  group  6A  el- 

ements. It  has  several  allotropic  forms;  the  most  stable 
one  at  room  temperature  consists  of  S^  rings.  Sulfur 
forms  two  oxides,  SOt  and  SO3,  and  both  are  important 
atmospheric  pollutants.  Sulfur  trioxide  is  the  anhydride 
of  sulfuric  acid,  the  most  important  sulfur  compound 

and  the  most-produced  industrial  chemical.  Sulfuric  acid 
is  a  strong  acid  and  a  good  dehydrating  agent.  Sulfur 
forms  several  oxyanions  as  well,  including  the  SO3 

(sulfite),  SO4-"  (sulfate),  and  S2Of'  (thi  osulfate)  ions. 
Sulfur  is  found  combined  with  many  metals  as  a  sulfide, 
in  which  sulfur  is  in  the  2  oxidation  state.  These  com- 

pounds often  react  with  acids  to  form  hydrogen  sulfide 
(H2S),  which  smells  like  rotten  eggs. 

Sections  22.7  and  22.8  Nitrogen  is  found  in  the  at- 
mosphere as  N2  molecules.  Molecular  nitrogen  is  chemi- 

cally very  stable  because  of  the  strong  N  =  N  bond. 
Molecular  nitrogen  can  be  converted  into  ammonia  via 
the  Haber  process;  once  the  ammonia  is  made,  it  can  be 

converted  into  a  variety  of  different  compounds  that  ex- 

hibit nitrogen  oxidation  states  ranging  from  -3  to  +5. 
The  most  important  industrial  conversion  of  ammonia  is 
the  Ostwald  process,  in  which  ammonia  is  oxidized  to 

nitric  acid  (HNO3).  Nitrogen  has  three  important  oxides: 
nitrous  oxide  (NnO),  nitric  oxide  (NO),  and  nitrogen 
dioxide  (NO2).  Nitrous  acid  (HNOt)  is  a  weak  acid;  its 

conjugate  base  is  the  nitrite  ion  (NOi  ).  Another  impor- 
tant nitrogen  compound  is  hydrazine  (N2H4). 
Phosphorus  is  the  most  important  of  the  remaining 

group  5A  elements.  It  occurs  in  nature  in  phosphate  min- 
erals. Phosphorus  has  several  allotropes,  including  white 

phosphorus,  which  consists  of  P4  tetrahedra.  In  reaction 
with  the  halogens,  phosphorus  forms  trihalides  (P\  ,)  and 

pentahalides  (PX5).  These  compounds  undergo  hydroly- 
sis to  produce  an  oxyacid  of  phosphorus  and  HX.  Phos- 

phorus forms  two  oxides,  P4O,.,  and  P4O10.  Their 
corresponding  acids,  phosphorous  acid  and  phosphoric 
acid,  undergo  condensation  reactions  when  heated. 

Phosphorus  compounds  are  important  in  biochemistry 
and  as  fertilizers. 

Sections  22.9  and  22.10  The  allotropes  of  carbon 

include  diamond,  graphite,  and  the  fullerene  family  of 
compounds,  notably  buckminsterfullerene.  Carbon 
nanotubes  are  a  less  well-defined  form  of  carbon  relat- 

ed to  the  fullerenes.  Amorphous  forms  of  carbon  in- 
clude charcoal,  carbon  black,  and  coke.  Carbon  forms 

two  common  oxides,  CO  and  0>>.  Aqueous  solutions 
of  C02  produce  the  weak  diprotic  acid  carbonic  acid 

(H2CO3),  which  is  the  parent  acid  of  hydrogen  carbon- 
ate and  carbonate  salts.  Binary  compounds  of  carbon 

are  called  carbides.  Carbides  may  be  ionic,  interstitial, 
or  covalent.  Calcium  carbide  (CaC2)  contains  the 

strongly  basic  acetylide  ion  (C22  ),  which  reacts  with 
water  to  form  acetylene.  Other  important  carbon  com- 

pounds include  hydrogen  cyanide  (HCN)  and  its  cor- 
responding cyanide  salts,  and  carbon  disulfide  (CS2). 

Carbon  also  forms  a  vast  number  of  organic  com- 
pounds, which  are  discussed  in  Chapter  25. 

The  other  group  4A  elements  show  great  diversity  in 

physical  and  chemical  properties.  Silicon,  the  second 
most  abundant  element,  is  a  semiconductor.  It  reacts  with 

CI2  to  form  SiCl4,  a  liquid  at  room  temperature.  Silicon 

forms  strong  Si  —  O  bonds  and  therefore  occurs  in  a  vari- 
ety of  silicate  minerals.  Silicates  consist  of  Si04  tetrahe- 

dra, linked  together  at  their  vertices  to  form  chains, 

sheets,  or  three-dimensional  structures.  The  most  com- 

mon three-dimensional  silicate  is  quartz  (Si02).  Glass  is 
an  amorphous  (noncrystalline)  form  of  Si02-  Silicones 

contain  O  —  Si  —  O  chains  with  organic  groups  bonded 
to  the  Si  atoms.  Like  silicon,  germanium  is  a  metalloid; 
tin  and  lead  are  metallic. 

Section  22.1 1  Boron  is  the  only  group  3 A  element  that 

is  a  nonmetal.  It  forms  a  variety  of  compounds  with  hy- 
drogen, called  boron  hydrides  or  boranes.  Diborane 

(B2H6)  has  an  unusual  structure  with  two  hydrogen 
atoms  that  bridge  between  the  two  boron  atoms.  Boranes 
react  with  oxygen  to  form  boric  oxide  (B2O3),  in  which 

boron  is  in  the  +3  oxidation  state.  Boric  oxide  is  the  anhy- 
dride of  boric  acid  (H3BO3).  Boric  acid  readily  undergoes 

condensation  reactions. 

VISUALIZING  CONCEPTS 

22.1  One  ol  these  structures  is  a  stable  compound;  the  other  22.2  (a)  Identify  the  type  of  chemical  reaction  represented  by 
is  not.  Identify  the  stable  compound,  and  explain  why  it  the  diagram  below,  (b)  Place  appropriate  charges  on  the 

is  stable.  I  xplain  why  the  other  compound  is  not  stable.  species  on  both  sides  of  the  equation,  (c)  Write  the  chemi- 
[Section  22. 1  ]  cal  equation  for  the  reaction.  [Section  22.1] 

II  H  II  H 
\        /  \  / 
C=C  Si=Si 

/        \  /  \ 
II  II  H  H 
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22.3  Which  of  the  following  species  (there  may  be  more  than 
one)  is/are  likely  to  have  the  structure  shown  below: 

(a)  XeF4(  (b)  BrF4+/  (c)  SiF4,  (d)  TeCl4,(e)  HCI04? 
(The  colors  shown  clo  not  reflect  the  identity  of  an)  ele- 

ment.) [Sections  22.3,  22.4,  22. 6,  and  22.10] 

9 

•  *. 

22.7  I  lie  atomic  and  ionic  radii  ot  the  first  three  group  6 A 
elements  are 

Atomic  Ionic 
radius  radius 

(pm)  (pm) 

9 

22.4  Draw  an  energy  profile  tor  the  reaction  show  n  in  Equa- 
tion 22.33,  assuming  that  the  barrier  to  disso<  iation  of 

03(g)  is  113  kj.  (Section  22.5] 
22.5  Write  the  molecular  formula  and  Lewis  structure  for 

each  of  the  following  oxides  of  nitrogen:  [Section  22.7] 

9*9  ore 

83
  •

 

22.6  Which  property  of  the  group  6A  elements  might  be  the 
one  depicted  in  the  following  graph:  (a)  electronegativi- 

ty, (b)  first  ionization  energy,  (c)  density,  (d)  X  — X  sin- 
gle-bond enthalpy,  (e)  electron  affinity?  Explain  your 

answer.  [Sections  22.3  and  22.(->] 

(  > 

S 

Se 

le 

Po 

(a)  Explain  why  the  atomic  radius  increases  in  moving 
downward  in  the  group,  (b)  Explain  why  the  ionic  radii 
are  larger  than  the  atomic  radii,  (c)  Which  ol  the  three 

anions  would  you  expect  to  be  the  strongest  base  in 
water?  Explain.  [Sections  22.3  and  22.6] 

22.8  Which  property  of  the  third-row  nonmetallic  elements 
might  be  the  one  depicted  in  the  graph  below:  (a)  first 
ionization  energy,  (b)  atomic  radius,  (c)  electronegath  - 
ity,  (d)  melting  point,  (e)  \  X  single-bond  enthalpy? 
Explain  both  your  choice  and  why  the  other  choices 
would  not  be  correct.  [Sections  22.3,  22.4,  22.6,  22.8, and  22.10] 

P 

(  I 
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22.9  The  structures  of  white  and  red  phosphorus  are  shown 
here.  Explain,  using  these  structural  models,  why  white 
phosphorus  is  much  more  reactive  than  red  phosphorus 
[Section  22.8] 

,  o 

White  phosphorus 

*  M 

Red  phosphorus 

22.10  (a)  Draw  the  Lewis  structures  for  at  least  four  species 
that  have  the  general  formula 

win-re  X  and  Y  may  he  the  same  or  different,  and  n  may 
have  a  value  from  i  1  to  -2.  (b)  Which  of  the  com- 

pounds is  likely  to  he  the  strongest  Bronsted  base? 
Explain.  [Sections  22.1,  22.7,  and  22.9] 

EXERCISES 

Periodic  Trends  and  Chemical  Reactions 

22.11  Identify  each  of  the  following  elements  as  a  metal,  non- 
metal,    or    metalloid:    (a)  phosphorus,    (b)  strontium, 
(c)  manganese,  (d)  selenium,  (e)  rhodium,  (f)  krypton. 

22.12  Identify  each  of  the  following  elements  as  a  metal,  non- 
metal,  or  metalloid:  (a)  rhenium,  (b)  arsenic,  (c)  argon, 
(d)  zirconium,  (e)  tellurium,  (f)  gallium. 

22.13  Consider  the  elements  O,  Ba,  Co,  Be,  Br,  and  Se.  From 

this  list  select  the  element  that  (a)  is  most  electronega- 
tive, (b)  exhibits  a  maximum  oxidation  state  of  +7, 

(c)  loses  an  electron  most  readily,  (d)  forms  tt  bonds 
most  readily,  (e)  is  a  transition  metal. 

22.14  Consider  the  elements  Li,  K,  CI,  C,  Ne,  and  Ar.  From  this 
list  select  the  element  that  (a)  is  most  electronegative, 
(b)  has  the  greatest  metallic  character,  (c)  most  readily 
forms  a  positive  ion,  (d)  has  the  smallest  atomic  radius, 

(e)  forms  -  bonds  most  readily. 

22.15  Explain  the  following  observations:  (a)  The  highest  fluo- 
ride compound  formed  by  nitrogen  is  NF3,  whereas 

phosphorus  readily  forms  PF^.  (b)  Although  CO  is  a 

well-known  compound,  SiO  doesn't  exist  under  ordi- 
nary conditions,  (c)  AsPL,  is  a  stronger  reducing  agent 

than  NH3. 

22.16  Explain  the  following  observations:  (a)  HNO3  is  a 
stronger  oxidizing  agent  than  H3PO4.  (b)  Silicon  can 

form  an  ion  with  six  fluorine  atoms,  SiFft2  ,  whereas  car- 
bon is  able  to  bond  to  a  maximum  of  four,  CF4.  (c)  There 

are  three  compounds  formed  by  carbon  and  hydrogen 
that  contain  two  carbon  atoms  each  (C2H2,  C2H4,  and 

C2Hh),  whereas  silicon  forms  only  one  analogous  com- 
pound (Si2Hh). 

22.17  Complete  and  balance  the  following  equations: 

(a)  Mg3N2(s)  +  H20(/)   * 
(b)  C^HrOH(/)  +  02(g)   ► 

(c)  Mn02(s)  +  C(s)  -^-» 
(d)  AlP(s)  +  H20(/)   ► 

(e)  Na2S(s)  +  HO(aq)   * 
22.18  Complete  and  balance  the  following  equations: 

(a)  NaOCH,(s)  +  H2Q(/)   * 

+■  HN03(mj) 

+  H2(g)  ̂  

(b)  CuO(s (c)  W03(s 

(d)  NH2OH(/)  +  02ig) 

(e)  Al4C3(s)  +  H20(/) 

Hydrogen,  the  Noble  Gases,  and  the  Halogens 

22.19  (a)  dive  the  names  and  chemical  symbols  for  the  three 
isotopes  of  hydrogen,  (b)  List  the  isotopes  in  order  of 
decreasing  natural  abundance. 

22.20  Which  isotope  of  hydrogen  is  radioactive?  Write  the 
nuclear  equation  for  the  radioactive  decav  of  this 
isotope. 

22.21  Give  a  reason  why  hydrogen  might  be  placed  along 
with  the  group  I A  elements  of  the  periodic  table. 

22.22  In  which  of  the  following  substances  is  hydrogen  behav- 
ing analogously  to  a  halogen:  (a)  H20,  (b)  H2S04, 

(c)  NaH,  (d)  H2?  Give  a  reason  for  your  choice,  and 
write  a  chemical  reaction  that  parallels  a  reaction  for  an 
analogous  halogen  compound. 

22.23  Write  a  balanced  equation  for  the  preparation  of  H2  using 
(a)  Mg  and  an  acid,  (b)  carbon  and  steam,  (c)  methane 
and  steam. 

22.24  List  (a)  three  commercial  means  of  producing  H2, 
(b)  three  industrial  uses  of  H2. 
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22.25  Complete  and  balance  the  following  equations: 

(a)  NaH(s)  +  H20(/)   ► 

(b)  Fe(s)  -  H2S04(fl^)   > 

(c)  H2(g)  ■  Br2(g)   ► 
(d)  Na(/)  *  H2(g)   " 
(e)  PbO(s)  +  H2(g)  

22.26  Write  balanced  equations  for  each  ol  the  following  re- 
actions (some  of  these  are  analogous  to  reactions 

shown  in  the  chapter),  (a)  Aluminum  metal  reacts 
with  acids  to  form  hydrogen  gas.  (b)  Steam  reacts  with 

magnesium  metal  to  give  magnesium  oxide  and  hy- 
drogen, (c)  Manganese(IV)  oxide  is  reduced  to  man- 

ganese(II)  oxide  by  hydrogen  gas.  (d)  Calcium 
hydride  reacts  with  water  to  generate  hydrogen  gas. 

22.27  Identify  the  following  hydrides  as  ionic,  metallic,  or 
molecular:  (a)  BaH2,  (b)  H2Te,  (c)  TiH,7. 

22.28  Identify  the  following  hydrides  as  ionic,  metallic,  or 
molecular:  (a)  B2H6,  (b)  Rbl  I,  (c)  Th,H| v 

22.29  Why  does  xenon  form  stable  compounds  with  fluo- 
rine, whereas  argon  does  not? 

22.30  Liquid  xenon,  which  boils  at  166  K,  has  been  used  .is  a 
specialt\  low-temperature  solvent  Whal  kinds  ol  in 
termolecular  forces  (Section  I  1.1)  would  be  most  im- 

portant in  its  interactions  with  a  polar  organic  solute, 
such  as  methyl  iodide,  CHd? 

22.31  Write  the  chemical  formula  for  each  of  the  following 

compounds,  and  indicate  the  oxidation  state  ol  the  halo- 
gen or  noble-gas  atom  in  each:  (a)  chlorate  ion,  (b)  hy- 

droiodic  acid,  (c)  iodine  trichloride,  (d)  sodium 
hypochlorite,  (e)  perchloric  acid,  (f)  xenon  tetrafluoride. 

22.32  Write  the  chemical  formula  for  each  ol  the  following, 
and  indicate  the  oxidation  state  of  the  halogen  or 

noble-gas  atom  in  each,  (a)  calcium  hypobromite, 
(b)  bromic  acid,  (c)  xenon  trioxide,  (d)  perchlorate  ion, 
(e)  iodous  acid,  (f)  iodine  pentafluoride. 

22.33 

22.34 

22.35 

Name    the    following    compounds:    (a)  Fe(CIO;,)-?, 
(b)  HC102,    (c)  XeFh,   (d)  BrF5,    (e)  XeOF4,  (f)IUO, 
(  named  as  an  ac  id  ). 

Name  the  following  compounds:  (a)  KCIO3,  (b)  Ca(  lc )  -j  - , 
(c)  A1CI  ?,  (d)  I  IBrO  w  (e)  1 1 -JO„,  (f)  \el  ,. 

Explain  each  of  the  following  observations:  (a)  At  room 
temperature  I2  is  a  solid,  Br2  is  a  liquid,  and  CL  and  b2 
are  both  gases,  (b)  F2  cannot  be  prepared  by  electrolytic 
oxidation  of  aqueous  I  solutions,  (c)  The  boiling  point 
of  I  IF  is  much  higher  than  those  of  the  other  hydrogen 
halides.  (d)  The  halogens  decrease  in  oxidizing  power  in 
the  order  F2  >  Cl2  >  Br2  >  t2. 

22.36  Explain  the  following  observ  ations:  (a)  for  a  given  oxi- 
dation state,  the  acid  strength  of  the  oxyacid  in  aqueous 

solution  decreases  in  the  order  chlorine  bromine 

iodine,  (b)  Hydrofluoric  acid  cannot  be  stored  in  glass 
bottles,  (c)  HI  cannot  be  prepared  by  treating  Nal  with 
sulfuric  acid,  (d)  I  he  interhalogen  K  I  ,  is  known,  but 

BrCI  s  is  not. 

22.37  Describe  two  characteristics  ol  hydrogen  that  are  favor- 
able lor  its  use  as  a  general  energy  source  in  vehicles. 

22.38  Would  hydrogen  be  a  satisfactory  basis  for  a  fuel  econo- 
my it  the  only  av  ailable  sources  were  cracking  of  natural 

gas  and  conversion  of  gram-based  ethanol?  Explain. 

|22.3')|  Ammonium  perchlorate  remains  a  significant  pollutant  in 
soils  and  water  supplies  even  decades  after  it  is  placed  into 
the  environment.  What  can  you  conclude  from  this  about 

the  stability  of  the  perchlorate  anion1  What  feature  of  the 
anion's  structure  might  promote  this  high  stability,  even 
though  perchlorate  is  a  strong  oxidizing  agent? 

|22.40|  Removal  of  perchlorate  from  water  supplies  is  difficult. 
Naturally  occurring  microorganisms  are,  however,  capa- 

ble of  destroying  perchlorate  in  solution  in  minutes.  What 
do  you  think  might  be  the  type  of  reaction  occurring  in  the 
microorganisms,  and  w  hat  do  you  predict  might  be  the 
fate  of  the  perchlorate  ion  in  the  reaction? 

Oxygen  and  the  Group  6A  Elements 

22.41  (a)  List  three  industrial  uses  of  02.  (b)  List  two  industri- 
al uses  of  O3. 

22.42  Draw  the  Lewis  structure  of  ozone.  Explain  why  the 

O  — O  bond  ( 1.2S  A)  is  longer  in  ozone  than  in02  (1.21  A). 
22.43  Write  balanced  equations  for  each  of  the  following 

reactions,  (a)  When  mercury(II)  oxide  is  heated,  it  de- 
composes to  form  02  and  mercury  metal,  (b)  When  cop- 

per(II)  nitrate  is  heated  strongly,  it  decomposes  to  form 
copper(II)  oxide,  nitrogen  dioxide,  and  oxygen, 
(c)  Lead(II)  sulfide,  PbS(s),  reacts  with  ozone  to  form 

PbS04(>)  and  02(;s').  (d)  When  heated  in  air,  ZnS(s)  is 
converted  to  ZnO.  (e)  Potassium  peroxide  reacts  with 
C02(g)  to  give  potassium  carbonate  and  Q2. 

22.44  Complete  and  balance  the  following  equations: 

(a)  CaO(s)  +  H20(/)   ► 

(b)  Al203(s)  +  H  '  ((/</)   » 
(c)  Na202(s)  +  H20(/)   * 

(d)  N203(g)  +  HzO(/)   » 

(e)  KO:(s)  +  H2()(/)   • 
(f)  NO(£)  +  0,(x)   » 

22.45  Predict  whether  each  ol  the  following  oxides  is  acidic, 
basic,  amphoteric,  or  neutral:  (a)  NQ2,  (b)  C02, 
(c)  BaO,  (d)  ALO  ,. 

22.46  Sele<  f  the  more  ac  idic  member  ol  each  of  the  following 
pairs:  (a)  Mn207  and  Mn02,  (b)  SnO  and  Sn02,  <c)  S02 
and  S();,  (d)Si02  and  S02,  (e)  Ga203  and  In.O,. 
(f)  SO,  and  SeO:. 

22.47  Write  the  chemical  formula  for  each  of  the  following 
compounds,  and  indicate  the  oxidation  state  ol  the 
group  6A  element  in  ea<  h:  (a)  selenous  acid,  (b)  potassi- 

um hydrogen  sulfite,  (c)  hydrogen  telluride,  (d)  carbon 
disulfide,  (e)  calcium  sulfate 

22.48  Write'  the  chemical  formula  for  each  of  the  following 
compounds,  and  indicate  the-  oxidation  state  of  the 
group  6A  element  in  each:  (a)  selenium  dioxide, 
(b)  sodium  thiosul§fate,  (c)  sulfur  hexafluoride,  (d)  hy- 

drogen sulfide,  (e)  sulfuric  acid. 
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22.49  In  aqueous  solution,  hydrogen  sulfide  reduces  (a)  Fe3H 
to  Fe2+,  (b)  Br2  to  Br  ,  (c)  Mn04  to  Mir  ,  (d)  1 IN03  to 
NOi.  In  all  cases,  under  appropriate  conditions,  the 
product  is  elemental  sulfur.  Write  a  balanced  net  ionic 
equation  for  each  reaction. 

22.50  An  aqueous  solution  of  S02  reduces  (a)  aqueous 
KMn04  to  MnS04(m/),  (b)  acidic  aqueous  K2Cr207  to 
aqueous  Cr  ,  (c)  aqueous  Hg2(N03)2  to  mercury  metal. 
Write  balanced  equations  for  these  reactions 

22.51  Write  the  Lewis  structure  for  each  of  the  following 
species,  and  indicate  the  structure  of  each:  (a)  Se03  ; 
(b)  S2C12;  (c)  chlorosulfonic  acid,  HSO3CI  (chlorine  is 
bonded  to  sulfur). 

22.52  The  SF5  ion  is  formed  when  SF^yJ  reacts  with  fluoride 
salts  containing  large  cations,  such  as  CsF(s).  Draw  the 

Lewis  structures  for  SF4  and  SF^  ,  and  predict  the  mole- 
cular structure  of  each. 

22.53  Write  a  balanced  equation  for  each  of  the  following  reac- 
tions: (a)  Sulfur  dioxide  reacts  with  water,  (b)  Solid  zinc 

sulfide  reacts  with  hydrochloric  acid,  (c)  Elemental  sul- 
fur reacts  with  sulfite  ion  to  form  thiosulfate.  (d)  Sulfur 

trioxide  is  dissolved  in  sulfuric  acid. 

22.54  Write  a  balanced  equation  for  each  of  the  following  re- 
actions. (You  may  have  to  guess  at  one  or  more  of  the 

reaction  products,  but  you  should  be  able  to  make  a 
reasonable  guess,  based  on  your  study  of  this  chapter.) 
(a)  Hydrogen  selenide  can  be  prepared  by  reaction  of 
an   aqueous  acid   solution   on   aluminum  selenide. 
(b)  Sodium  thiosulfate  is  used  to  remove  excess  Cl2 
from  chlorine-bleached  fabrics.  The  thiosulfate  ion 

forms  SQ4~  and  elemental  sulfur,  while  Cl2  is  reduced 
to  CI  . 

Nitrogen  and  the  Croup  5A  Elements 

22.55  Write  the  chemical  formula  for  each  of  the  following  com- 
pounds, and  indicate  the  oxidation  state  of  nitrogen  in 

each:  (a)  sodium  nitrite,  (b)  ammonia,  (c)  nitrous  oxide, 

(d)  sodium  cyanide,  (e)  nitric  acid,  (f)  nitrogen  dioxide. 
22.56  Write  the  chemical  formula  for  each  of  the  following 

compounds,  and  indicate  the  oxidation  state  of  nitrogen 
in  each:  (a)  nitric  acid,  (b)  hydrazine,  (c)  potassium 
cyanide,  (d)  sodium  nitrate,  (e)  ammonium  chloride, 
(f)  lithium  nitride. 

22.57  Write  the  Lewis  structure  for  each  of  the  following 

species,  and  describe  its  geometry:  (a)  HN02,  (b)  N3~, 
(c)  N2H5+,  (d)  NO 

22.58  Write  the  Lewis  structure  for  each  of  the  following 
species,  and  describe  its  geometry:  (a)  NH4  .  (b)  HNO-,, 
(c)  N20,  (d)  NQ2. 

22.59  Complete  and  balance  the  following  equations: 

(a)  Mg3N2(s)  +  H20(/)   ► 
(b)  NO(x)  +  02{g)   • 
(c)  N205(g)  +  H20(/)   > 

(d)  NH3(«(j)  +  H  '  (//(/)   > 
(e)  N:H4(/)  +  02(g)   ► 

22.60  Write  a  balanced  net  ionic  equation  for  each  of  the  fol- 
lowing reactions:  (a)  Dilute  nitric  acid  reacts  with  zinc 

metal  with  formation  of  nitrous  oxide,  (b)  Concentrat- 
ed nitric  acid  reacts  with  sulfur  with  formation  of  nitro- 
gen dioxide,  (c)  Concentrated  nitric  acid  oxidizes  sulfur 

dioxide  with  formation  of  nitric  oxide,  (d)  Hydrazine  is 

burned  in  excess  fluorine  gas,  forming  NF3.  (e)  Hy- 
drazine reduces  t  r()f  to  Cr(OH)4  in  base  (hydrazine 

is  oxidized  to  N2). 

22.61  Write  complete  balanced  half-reactions  for  (a)  oxidation 
ol  nitrous  ac  id  to  nitrate  ion  in  acidic  solution,  (b)  oxida- 

tion of  N2  to  N'2( )  in  acidic  solution.  What  is  the  standard 
reduction  potential  in  each  case?  (See  Figure  22.28.) 

22.62  Write  complete  balanced  half-reactions  for  (a)  reduction 
of  nitrate  ion  to  NO  in  acidic  solution,  (b)  oxidation  of 
HN02  to  N02  in  acidic  solution.  What  is  the  standard 
reduction  potential  in  each  case?  (See  Figure  22.28.) 

22.63  Write  a  molecular  formula  for  each  compound,  and  in- 
dicate the  oxidation  state  of  the  group  5A  element  in 

each  formula:  (a)  phosphorous  acid,  (b)  pyrophosphoric 
acid,  (c)  antimony  trichloride,  (d)  magnesium  arsenide, 

(e)  diphosphorus  pentoxide. 
22.64  Write  a  molecular  formula  for  each  compound,  and  in- 

dicate the  oxidation  state  of  the  group  5A  element  in 
each  formula:  (a)  orthophosphoric  acid,  (b)  arsenous 
acid,  (c)  antimony(III)  sulfide,  (d)  calcium  dihydrogen 
phosphate,  (e)  potassium  phosphide. 

22.65  Account  for  the  following  observations:  (a)  Phosphorus 
forms  a  pentachloride,  but  nitrogen  does  not.  (b)  H3P02 
is  a  monoprotic  acid,  (c)  Phosphonium  salts,  such  as 
PH4C1,  can  be  formed  under  anhydrous  conditions,  but 

they  can't  be  made  in  aqueous  solution,  (d)  White  phos- 
phorus is  extremely  reactive. 

22.66  Account  for  the  following  observations:  (a)  H3PO3  is 

a  diprotic  acid,  (b)  Nitric  acid  is  a  strong  acid,  where- 
as phosphoric  acid  is  weak,  (c)  Phosphate  rock  is  inef- 

fective as  a  phosphate  fertilizer,  (d)  Phosphorus  does 
not  exist  at  room  temperature  as  diatomic  molecules, 
but  nitrogen  does,  (e)  Solutions  of  Na3P04  are  quite 
basic. 

22.67  Write  a  balanced  equation  for  each  of  the  following  reac- 
tions: (a)  preparation  of  white  phosphorus  from  calcium 

phosphate,  (b)  hydrolysis  of  PBr3,  (c)  reduction  of  PBr, 
to  P4  in  the  gas  phase,  using  H2. 

22.68  Write  a  balanced  equation  for  each  of  the  following  reac- 
tions: (a)  hydrolysis  of  PCI5,  (b)  dehydration  of  or- 

thophosphoric acid  to  form  pyrophosphoric  acid, 
(c)  reaction  of  P401()  with  water. 
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Carbon,  the  Other  Croup  4A  Elements,  and  Boron 

22.69  Give  the  chemical  formula  for  (a)  hydrocyanic  acid, 

(b)  nickel  tetracarbonyl,  (c)  barium  bicarbonate,  (d)  cal- 
cium acetylide. 

22.70  Give  the  chemical  formula  for  (a)  carbonic  acid, 

(b)  sodium  cyanide,  (c)  potassium  hydrogen  carbonate, 
(d)  acetylene. 

22.71  Complete  and  balance  the  following  equations: 

(a)  ZnC03(s)  ̂  

(b)  BaC2(s)  +  H20(/)  

(c)  C2H2(g)  +  02(g)   > 
(d)  CS2(g)  +  02(g)   ► 
(e)  Ca(CN)2(s)  f  HBr(aq)   » 

22.72  Complete  and  balance  the  following  equations: 

(a)  C02(g)  +  OH  (aq)   > 

(b)  NaHC03(s)  t  1 1 '  (aq)   ► 
(c)  CaO(s)  +  C(s) 

(d)  C(s)  +  H20(g)  — 

(e)  CuO(s)  +  CO(g)   > 
22.73  Write  a  balanced  equation  for  each  ol  the  following  re- 

actions: (a)  Hydrogen  cyanide  is  formed  commercially 
by  passing  a  mixture  of  methane,  ammonia,  and  air 

over  a  catalyst  at  SOU  C.  Water  is  a  by-produ<  t  of  the  re- 
action, (b)  Baking  soda  reacts  with  acids  to  produce 

carbon  dioxide  gas.  (c)  When  barium  carbonate  reacts 
in  air  with  sulfur  dioxide,  barium  sulfate  and  carbon 
dioxide  form. 

22.74  Write  a  balanced  equation  for  each  of  the  following  reac- 
tions: (a)  Burning  magnesium  metal  in  a  carbon  dioxide 

atmosphere  reduces  theC02  to  carbon,  (b)  In  photosyn- 
thesis, solar  energy  is  used  to  produce  glucose 

(ChHi2<.\)  and  C>2  out  of  carbon  dioxide  and  water, 
(c)  When  carbonate  salts  dissolve  in  water,  they  produce 
basic  solutions. 

22.75  Write  the  formulas  tor  the  following  compounds,  and 
indicate  the  oxidation  state  of  the  group  4 A  element  or 

Additional  Exercises 

22.83  In  your  own  words,  define  the  following  terms:  (a)  re- 
ducing agent,  (b)  allotrope,  (c)  disproportionation, 

(d)  interhalogen,  (e)  acidic  anhydride,  (f)  condensation 
reaction. 

22.84  (a)  How  many  grams  of  H2  can  be  stored  in  lO.Olbol  the 
alloy  FeTi  if  the  hydride  FeTiH2  is  formed?  (b)  What 
volume  does  this  quantity  of  H2  occupy  at  STP? 

22.85  Starting  with  D20,  suggest  preparations  of  (a)  ND^, 
(b)  D2SQ4,  (c)  NaOD,  (d)  DNO,,  (e)  C2D2,  (f)  DCN. 

22.86  Although  the  CIQ4  and  IO4  ions  have  been  known  for 
a  long  time,  BrQ4  was  not  synthesized  until  1965.  The 
ion  was  synthesized  by  oxidizing  the  bromate  ion  with 
xenon  difluoride,  producing  xenon,  hydrofluoric  acid, 
and  the  perbromate  ion.  Write  the  balanced  equation  for 
this  reaction. 

22.87  Which  of  the  following  substances  will  burn  in  oxygen: 

SiH4,  Si02,  CO,  CO:,  Mg,  CaO?  Why  won't  some  of 
these  substances  burn  in  oxygen? 

of  boron  in  each:  (a)  boric  acid,  (b)  silicon  tetrabromide, 
(c)  lead(ll)  chloride,  (d)  sodium  tetraborate  decahydrate 
(borax),  (e)  boric  oxide. 

22.76  Write  the  formulas  tor  the  following  compounds,  and 
indicate  the  oxidation  state  of  the  group  4A  element  or 
of  boron  in  each:  (a)  silicon  dioxide,  (b)  germanium 

tetrachloride,  (c)  sodium  borohydride,  (d)  stannous 
chloride,  (e)  diborane. 

22.77  Select  the  member  of  group  4A  that  best  fits  each  descrip- 
tion: (a)  has  the  lowest  first  ionization  energy,  (b)  is  found 

in  oxidation  states  ranging  from  -4  to  +4,  (c)  is  most 
abundant  in  Earth's  crust. 

22.78  Select  the  member  of  group  4A  that  best  fits  each  de- 
scription:   (a)  forms   chains   to    the   greatest  extent, 

(b)  forms  the  most  basic  oxide,  (c)  is  a  metalloid  that  can 
form  2  f  ions. 

22.79  (a)  What  is  the  characteristic  geometry  about  silicon  in 
all  silicate  minerals?  (b)  Metasilicic  acid  has  the  empiri- 

cal formula  H2SiOv  Which  of  the  structures  shown  in 
Figure  22. 48  would  you  expect  metasilicic  acid  to  have? 

22.80  Two  silicate  anions  are  known  in  which  the  linking  of 
the  tetrahedra  forms  a  closed  ring.  One  of  these  cyclic 
silicate  anions  contains  three  silicate  tetrahedra,  linked 

into  a  ring.  The  other  contains  six  silicate  tetrahedra. 
(a)  Sketch  these  cyclic  silicate  anions,  (b)  Determine  the 
formula  and  charge  of  each  ot  the  anions. 

22.81  (a)  1  low  does  the  structure  of  diborane  (B2H„)  differ  from 
that  ol  ethane  (C21 1,,)?  (b)  By  using  concepts  discussed  in 
Chapter  8,  explain  why  diborane  adopts  the  geometry 
that  it  does,  (c)  What  is  the  significance  of  the  statement 
that  the  hydrogen  atoms  in  diborane  are  described  as 
hvd  ridic? 

22.82  Write  a  balanced  equation  for  each  of  the  following  reac- 
tions: (a)  Diborane  reacts  w  ith  w  ater  to  form  boric  acid 

and  molecular  hydrogen,  (b)  Upon  heating,  boric  acid  un- 
dergoes a  condensation  reaction  to  form  tetraboric  acid. 

(c)  Boron  oxide  dissolves  in  water  to  give  a  solution  ot 
boric  add. 

22.88  Write'  a  balanced  equation  for  the  reaction  of  each  of  the 
following  compounds  with  water:  (a)  S02(tf),  (b)  ClAVfyJ, 
(c)Na202(s),  (d)BaC2(s),  (e)  Rb02(s),  (f)  Mg3N2(s), 

(g)NaH(s). 

22.89  What  is  the  anhydride  for  each  of  the  following  acids: 
(a)  1  I.  SO,,  (b)  III  IO,,  (c)  I  IXO.,(d)  I  DC  0,,(e)  H3PO4? 

22.90  Elemental  sulfur  is  capable  ol  reacting  under  suitable  con- 
ditions with  Fe,  F2,  02,  or  ID  Write  balanced  equations  to 

desc  ribe  these  reac  lions.  In  whi(  h  reac  Hons  is  sulfur  acting 
as  ,i  reducing  agent  and  in  which  as  an  oxidizing  agent? 

22.91  A  sulfuric  acid  plant  produces  a  considerable  amounl  of 
heat.  This  heat  is  used  to  generate  electric  itv,  w  hie  h  helps 
reduce  operating  costs.  I  he  synthesis  ot  I  DSO ,  consists  ol 
three  main  chemical  processes:  (I)  oxidation  ol  S  to  SO?, 
(2)  oxidation  ol  S02  to  SO,,  (3)  the  dissolving  of  SO3  in 
H2SO|  and  its  reac  tion  with  water  to  form  1 1  -SO,  If  the 

third  process  produces  1 30  kj/mol,  how  mill  h  heat  is  pro- 
duced in  preparing  a  mole  ol  I  DSO,  from  .1  mole  ol  S1 

How  much  heat  is  produced  in  preparing  a  ton  of  I  DSO)1 
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22.92  (a)  What  is  th<  delation  state  of  i'  in  P043  and  of  N  in 
NO^?(b)V\  doesn't  N  form  a  stable  N04 3  ion  anal- 

ogous to  P? 
22.93  (a)  The  P4  tOfl,  and  P4O10  molecules  have  a  common 

structural  ature  of  four  I'  atoms  arranged  in  a  tetrahe- 
dron (1  res  22.34  and  22. 3b).  Does  this  mean  that  the 

bonding  oetween  the  P  atoms  is  the  same  in  all  these 
case  <plain.  (b)  Sodium  trimetaphosphate  (Na3P3Oi,) 
and  dium  tetrametaphosphate  (Na4P40]2)  are  used  as 
wati  -softening  agents.  They  contain  cyclic  P3O9  and 

'V  24  ions,  respectively.  Propose  reasonable  struc- tures for  these  ions. 

22.94  Silicon  has  a  limited  capacity  to  form  linear,  Si-Si  bond- 
ed structures  similar  to  those  formed  by  carbon,  (a)  Pre- 

dict the  molecular  formula  of  a  hydride  of  silicon  that 
contains  a  chain  of  three  silicon  atoms,  (b)  Write  a  bal- 

anced equation  for  the  reaction  between  owgen  and  the 
compound  you  predicted  in  part  (a). 

22.95  Ultrapure  germanium,  like  silicon,  is  used  in  semicon- 

ductors. Germanium  of  "ordinary"  purity  is  prepared  by 
the  high-temperature  reduction  of  Ge02  with  carbon. 
The  Ge  is  converted  to  GeCl4  by  treatment  with  Cl2  and 
then  purified  by  distillation;  GeCl4  is  then  hydrolyzed  in 
water  to  Ge02  and  reduced  to  the  elemental  form  with 
H2.  The  element  is  then  zone  refined.  Write  a  balanced 

chemical  equation  for  each  of  the  chemical  transforma- 
tions in  the  course  of  forming  ultrapure  Ge  from  Ge02. 

22.96  Complete  and  balance  the  following  equations: 

(a)  Mn04  {aq)  +  U202(aq)  +  H'(aq)   » 
(b)  Fe2,(rt</)  +  H202(fl</)   > 

(c)  I  {aq)  +  H202(rt(/)  +  H'(aq)   * 
(d)  Cu(s)  +  H202(rt(/)  +  H'(aq)   » 
(e)  I  {aq)  +  03(g)   *  I2(s)  +  02(#)  +  OH  (aq) 

22.97  Hydrogen  peroxide  is  capable  of  oxidizing  (a)  hydrazine 

to  N2  and  H20,  (b)  S02  to  S042  ,  (c)  N02  to  N03", 
(d)  H2S(g)  to  S(s),  (e)  Fe2*  to  Fe3+.  Write  a  balanced  net 
ionic  equation  for  each  of  these  redox  reactions. 

22.98  Complete  and  balance  the  following  equations: 

(a)  Li3N(s)  +  H20(/)   > 
(b)  NH>|)  +  H20(/)   ♦ 
(c)  N02(g)  +  H26(/)   > 
(d)  2  \'02(x)   > 

(e)  NH3(g)  +  02(x)  ""''
Ksl  > 

(f)  CO(g)  -  Oz(g)   • 
(g)  H2C03(«^) 

(h)  Ni(s)  4-  CO(x)  

(i)  CS2(g)  +  02(g)   ► 
(j)  CaO(s)  +  SCMx)   ► 
(k)  Na(s)  +  H20(/)   * 
(1)  CH4{g)  +  H20(X) 

(m)LiH(s)  +  H20(/)   » 
(n)  Fe20-,(s)  +  3  H2(x)   * 

Integrative  Exercises 

[22.99]  Using  the  thermochemical  data  in  Table  22.1  and 

Appendix  C,  calculate  the  average  Xe  —  F  bond  en- 
thalpies in  XeF2,  XeF4,  and  XeFh,  respectively.  What  is 

the  significance  of  the  trend  in  these  quantities? 
22.100  Hydrogen  gas  has  a  higher  fuel  value  than  natural  gas 

on  a  mass  basis  but  not  on  a  volume  basis.  Thus,  hydro- 

gen is  not  competitive  with  natural  gas  as  a  fuel  trans- 
ported long  distances  through  pipelines.  Calculate  the 

heats  of  combustion  of  H2  and  CH4  (the  principal  com- 
ponent of  natural  gas)  (a)  per  mole  of  each,  (b)  per  gram 

of  each,  (c)  per  cubic  meter  of  each  at  STP.  Assume 
H20(/)  as  a  product. 

22.101  The  solubility  of  Cl2  in  100  g  of  water  at  STP  is  310  cm  \ 

Assume  that  this  quantity  of  Cl2  is  dissolved  and  equili- 
brated as  follows: 

Cl2(<!<7)  +  H20         CI  {aq)  +  HClG(/?</)  +  H+{aq) 
If    the    equilibrium    constant    for    this    reaction  is 

4.7  X  10  4,  calculate  the  equilibrium  concentration  of 
HCIO  formed. 

122.102]  When  ammonium  perchlorate  decomposes  thermally, 
the  products  of  the  reaction  are  N2(g),  02(g),  H20(X), 

and  HC1(£).  (a)  Write  a  balanced  equation  for  the  reac- 
tion. [Hint:  You  might  find  it  easier  to  use  fractional  co- 

efficients lor  the  products.]  (b)  Calculate  the  enthalpy 

change'  in  the  reaction  per  mole  of  NH4C104.  The  stan- 
dard enthalpy  of  formation  of  NH4C104(s)  is  -295.8  kj. 

(c)  When  NH4CI04(s)  is  employed  in  solid-fuel  booster 
rockets,  it  is  packed  with  powdered  aluminum.  Given 

the  high  temperature  needed  for  NH4CI04(s)  decompo- 

sition and  what  the  products  of  the  reaction  are,  what 
role  does  the  aluminum  play? 

22.103  The  dissolved  oxygen  present  in  any  highly  pressur- 
ized, high-temperature  steam  boiler  can  be  extremely 

corrosive  to  its  metal  parts.  Hydrazine,  which  is  com- 
pletely miscible  with  water,  can  be  added  to  remove 

oxygen  bv  reacting  with  it  to  form  nitrogen  and  water, 

(a)  Write  the  balanced  equation  for  the  reaction  be- 
tween gaseous  hydrazine  and  oxygen,  (b)  Calculate 

the  enthalpy  change  accompanying  this  reaction, 
(c)  Oxygen  in  air  dissolves  in  water  to  the  extent  of 

9.1  ppm  at  20  C  at  sea  level.  How  many  grams  of  hy- 
drazine are  required  to  react  with  all  the  oxygen  in 

3.0  x  104  L  (the  volume  of  a  small  swimming  pool) 
under  these  conditions? 

22.104  One  method  proposed  for  removing  S02  from  the  flue 
gases  of  power  plants  involves  reaction  with  aqueous 
H2S.  Elemental  sulfur  is  the  product,  (a)  Write  a  bal- 

anced chemical  equation  for  the  reaction,  (b)  What  vol- 
ume of  H2S  at  27  C  and  740  torr  would  be  required  to 

remove  the  S02  formed  by  burning  1 .0  ton  of  coal  con- 
taining 3.5"n  S  by  mass?  (c)  What  mass  of  elemental  sul- 

fur is  produced?  Assume  that  all  reactions  are  100°o efficient. 

22.105  The  maximum  allowable  concentration  of  H2S(^)  in  air 

is  20  mg  per  kilogram  of  air  (20  ppm  by  mass).  How 

many  grams  of  FeS  would  be  required  to  react  with  hy- 
drochloric acid  to  produce  this  concentration  at  1.00  atm 

and  25°C  in  an  average  room  measuring 
2.7  •  4.3  x  4.3  m?  (Under  these  conditions,  the  average 
molar  mass  of  air  is  29.0  g/mol.) 
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22.106  The  standard  heats  of  formation  of  H20(#),  H2S(#), 

H2Se(g)(  and  H2Te(g)  are  -241. S,  20.17,  +29.7,  and 
+99.6  kj/mol,  respectively.  The  enthalpies  necessary  to 
convert  the  elements  in  their  standard  state's  to  one  mole 
of  gaseous  atoms  are  24N,  277,  227,  and  197  k|  mol  of 
atoms  tor  C),  S,  Se,  anil  Te,  respecth  elv.  1  he  enthalpy  for 
dissociation  of  Hi  is  436  kj/mol.  C  al(  ulate  the  average 

H— O,  H  — S,  H  —  Se,  and  II  Ie  bond  enthalpies, 
and  comment  on  their  trend. 

22.107  Manganese  silicide  has  the  empirical  formula  MnSi  and 
melts  at  12X0  C.  It  is  insoluble  in  water  but  does  dis- 

solve in  aqueous  III  (a)  What  type  ol  compound  do 

you  expect  MnSi  to  be,  in  terms  ol  Table  1 1  71  (b)  Write  a 
likely  balanced  chemical  equation  lor  the  reaction  ol 
MnSi  with  concentrated  aqueous  I II 

22.108  Hydrazine  has  been  employed  as  a  reducing  agent  lor 
metals.  Using  standard  reduction  potentials,  predict 
whether  the  following  metals  can  be  reduced  to  the  metal- 

lic state  by  hydrazine  under  standard  conditions  in  acidic 

solution:  (a)  Fe2+,  (b)  Sir  ,  (c)  Cu2  ,  (d)  Ag  ,  (e)  CV  . 
22.109  If  the  lunar  lander  on  the  Apollo  moon  missions  used 

4.0  tons  ot  dimethylhvdra/ine,  (C  1 1  JAM  E,  as  luel, 
how  many  tons  of  NiO(  oxidizer  were  required  to  react 
with  it?  (The  reaction  produces  N2,  C02/  and  1 120.) 

22.110  Both  dimethylhydrazine,  (C  I  h)2N'NII:,  and  metln  I h\  - 
drazine,  CH-fNHNIh,  have  been  used  as  rocket  fuels. 

When  dinitrogen  tetroxide  (N20.|)  is  used  as  the  oxidiz- 
er, the  products  are  H20,  CO?,  and  N2.  If  the  thrust  ot 

the  rocket  depends  on  the  volume  ot  the  products  pro- 
duced, which  ot  the  substituted  hydrazines  produces  a 

greater  thrust  per  gram  total  mass  ot  oxidizer  plus  fuel? 
[Assume  that  both  fuels  generate  the  same  temperature 
and  that  H20(#)  is  formed.] 

22.111  Carbon  forms  an  unusual,  unstable  oxide  ol  formula 
C  ;02,  called  carbon  suboxide.  Carbon  suboxide  is 
made  by  using  P2Os  to  dehydrate  the  dicarboxylic  acid 
called  malonic  acid,  which  has  the  formula 
HOOC  C  I  I;  COOH.  (a)  Write  a  balanced  reaction 
lor  the  production  ol  carbon  suboxide  from  malonic 
acid,  (b)  Suggest  a  lewis  structure  tor  C3O7.  [Hint: 
I  he  lewis  structure  ol  malonic  acid  suggests  which 

atoms  are  connected  to  which.]  (c)  By  using  the  infor- 
mation in  Table  8.3,  predict  the  C  C  and  C  —  O  bond 

lengths  in  C3O?.  (d)  Sketch  the  lewis  structure  ot  a 
product  th.it  could  result  b\  the  addition  ol  2  mol  of 
1 12  to  I  mol  of  C  ;0:. 

22.112  boron  nitride  has  a  graphite-like  structure  w  ith  15 — N 
bond  distances  ol  1.45  A  w  ithin  sheets  and  a  separation 
of  3.30  A  between  sheets.  At  high  temperatures  the  BN 
assumes  ,i  diamond-like  form  that  is  harder  than  dia- 

mond. Rationalize  the  similarity  between  BN  and  ele- mental i  arbon. 

e  M  E  D  I  A  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on-  22. 1  IS  (a)  Watch  the  Carbon  Dioxide  Behaves  as  an  Acid  in 
line  in  OneKev  or  the  Companion  Website,  and  on  your  Acceler-  Water  movie  (22.9),  and  write  the  equation  for  flu1  (or- 

ator CD.  Access  to  these  resources  comes  in  vour  Medial'ak.  mation  of  carbonk  acid  from  carbon  dioxide  and  w  ater. 
22.113  When  a  balloon  filled  with  hydrogen  is  ignited,  hydro-  (b)  Explain  what  is  meant  by  the  term  in  id  anhydride. 

gen  and  oxvgen  react  explosively  to  form  water,  as  (c)  What  is  the  ,u  id  anhvdride  of  sulfuric  acid? 
shown  in  the  Formation  of  Water  movie  (22.2).  (a)  Is  the  22.116  Watc  h  the  Reactions  with  Oxygen  movie  (22.5),  and 

formation  ol  water  an  oxidation-reduction  reaction?  compare  the  combustion  of  sulfur  with  that  ol  white 
(b)  If  your  answer  to  part  (a)  is  ves,  does  hydrogen  act  phosphorus  (a)  Based  on  your  observations,  which  re- 
as  an  oxidizing  agent  or  as  a  reducing  agent?  (c)  Neither  action  do  you  think  has  the  higher  activation  energy? 
air  nor  pure  hydrogen  is  flammable,  but  mixtures  ol  the  Explain,  (b)  Tor  eat  h  ol  these  two  reac  tions,  draw  an  en- 
two  are  flammable — even  explosive.  Explain  how  the  ergy  profile  like  the  one  in  Figure  14.15. 
explosion  takes  place  with  the  hydrogen  contained  in-  22.117  I  he  Nitrogen  Dioxide  and  Dinitrogen  Tetraoxide  movie 
side  a  balloon.  (22.7)  shows  three  sealed  test  lubes  containing  mixtures 

22.114  The  Physical  Properties  of  the  Halogens  movie  (22.4)  ol  N02  and  \.0,.  (a)  Write  an  equation  corresponding 
shows  three  of  the  halogens  and  tells  what  the  physical  to  the  equilibrium  between  these  two  spec  ies.  (b)  based 
state  of  each  is  at  room  temperature.  Given  that  all  of  the  on  the  movie,  which  species  predominates  at  high  tem- 
halogens  are  nonpolar  diatomic  molecules,  explain,  perature  and  w  hich  predominates  at  low  temperature? 
using  intermolecular  forces,  why  the  three  halogens  (c)  Does  the  equation  you  wrote  for  part  (a)  correspond 
exist  in  three  different  states  at  room  temperature.  to  an  endothermk  reaction  or  an  exothermic  reaction? 

Explain  your  reasoning. 



23.2  Pyrometallurgy 

23.3  Hydrometallurgy 

23.4  Electrometallurgy 

23.5  Metallic  Bonding 

23.6  Alloys 

23.7  Transition  Metals 

23.8  Chemistry  of  Selected 
Transition  Metals 

WHAT'S  AHEAD 

•  We  begin  by  examining  the 
occurrence  of  metals  in  the 

lithosphere  and  by  considering  a  few 
common  minerals.  (Section  23.1) 

•  Metallurgy  is  the  technology  of 
extracting  metals  from  their  natural 
sources  and  preparing  them  for  use. 
(Section  23.1) 

•  Pyrometallurgy,  metallurgy  at  high 
temperatures,  is  considered 
with  an  emphasis  on  iron. 
(Section  23.2) 

•  Hydrometallurgi/,  the 
extraction  of  metals  using 

aqueous  solutions,  is 
discussed  with  particular 
attention  to  aluminum. 
(Section  23.3) 

•  Electrometallurgy,  which 
utilizes  electrochemistry  to 
reduce  and  refine  metals,  is 
examined  with  respect  to  sodium, 
aluminum,  and  copper.  (Section  23.4) 

•  The  physical  properties  of  metals  are 
reviewed  and  then  accounted  for  in 
terms  of  two  models  for  metallic 

bonding — the  electron-sea  model  and 
the  molecular-orhital  model. 
(Section  23.5) 

•  Different  kinds  of  alloys — solution 
alloys,  heterogeneous  alloys,  and 
intermetallic  compounds — are 
described.  (Section  23.6) 

•  General  characteristics  of  transition 
metals  are  discussed,  examining  their 

physical  properties,  electron 
configurations,  oxidation  states,  and 

magnetic  properties. 
(Section  23.7) 

•  Finally,  the  chemistry  of  a  few 
transition  metals  (Cr,  Fe,  and  Cu) 
is  examined.  (Section  23. S) 



Metals 

and  Metallurgy 

THE  STRINGS  OF  THE  GUITAR  played  by  the  musician  Ziggy  Marley  are  formed  from  a  core  steel 
string  covered  with  an  alloy  wire  wrap. 

METALS  HAVE  PLAYED  A  MAJOR  ROLE  IN  THE  DEVELOPMENT  OF 

CIVILIZATION,  and  they  continue  to  do  so.  For  example, 

without  the  contributions  of  metallurgy,  rock 

music  as  we  know  it  would  not  exist.  The  strings 

of  the  guitar  being  played  in  the  chapter- 
opening  photograph  are  the  product  of  complex  technology.  The  core 

of  the  strings  is  mode  of  mild  steel,  \  drying  in  hardness  and  ductili- 
ty, depending  on  the  type  ol  guitar  on  which  it  will  he  used.  The 

core  string  is  wound  with  line  wrtip  wire,  composed  typically  of 

an  alloy  of  copper  and  zinc  for  acoustic  guitar  use,  or  stainless 
steel  for  instruments  used  by  rock  musicians. 

Artists  can  he  very  passionate  about  the  particular  makes 
and  models  of  strings  they  use. 

When  we  think  of  metals  in  everyday  applications, 

we  tend  to  think  of  iron  and  aluminum,  perhaps  also 

chromium  or  nickel.  But  even  metals  of  very  low  nat- 
ural abundance  play  vital  roles  in  modern  technolo- 

v.  To  illustrate  this  point,  Figure  23.1  ►  shows  the 

approximate  composition  of  a  high-performance 
jet  engine.  Notice  that  iron,  long  the  dominant 
metal  of  technology,  is  not  even  present  to  a 

significant  extent. 
In  this  chapter  we  will  consider  the 

chemical   forms  in  which  metallic  ele- 
ments occur  in  nature  and  the  means  bv 

which  we  obtain  metals  from  these 
sources.  We  will  also  examine  the 

bonding  in  solids  and  see  how  met- 
als and  mixtures  of  metals,  called 

?//oi/s,  are  employed  in  modern 
technology.   Finally,   we  will 

ook  specifically  at  the  prop- 
erties of  transition  metals. 

As  we  will   see,  metals 

have  a  varied  and  inter- 
esting chemistry. 
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▲  Figure  23.1  Composition  of  a  jet  engine.  The  chart  on  the  left  shows  the  metallic  elements 
employed  in  manufacturing  a  modern  jet  engine. 

23.1  I  Occurrence  and  Distribution  of  Metals 

The  portion  or  our  environment  that  constitutes  the  solid  earth  beneath  our  feel 
is  called  the  lithosphere.  The  lithosphere  provides  most  of  the  materials  we  use 
to  feed,  clothe,  shelter,  and  entertain  ourselves.  Although  the  bulk  of  Earth  is 

solid,  we  have  access  to  only  a  small  region  near  the  surface.  Whereas  Earth's 
radius  is  6370  km,  the  deepest  mine  extends  only  about  4  km  into  Earth. 

Many  of  the  metals  that  are  most  useful  to  us  are  not  especially  abundant  in 
that  portion  of  the  lithosphere  to  which  we  have  ready  access.  Consequently, 
the  occurrence  and  distribution  of  concentrated  deposits  of  these  elements  often 

play  a  role  in  international  politics  as  nations  compete  for  access  to  these  mate- 
rials. Deposits  that  contain  metals  in  economically  exploitable  quantities  are 

known  as  ores.  Usually,  the  desired  compounds  or  elements  must  be  separated 
from  a  large  quantity  of  unwanted  material  and  then  chemically  processed  to 

make  them  useful.  About  2.3  x  104  kg  (25  tons)  of  materials  are  extracted  from 
the  lithosphere  and  processed  annually  to  support  each  person  in  our  country 
Because  the  richest  sources  of  many  substances  are  becoming  exhausted,  it  may 

be  necessary  in  the  future  to  process  larger  volumes  of  lower-quality  raw  mate- 
rials. Consequently,  extraction  of  the  compounds  and  elements  we  need  could 

cost  more  in  both  energy  and  environmental  impact. 

Minerals 

With  the  exception  of  gold  and  the  platinum-group  metals  (Ru,  Rh,  Pd,  Os,  Ir, 
and  Pt),  most  metallic  elements  are  found  in  nature  in  solid  inorganic  com- 

pounds called  minerals.  Table  23.1  ►  lists  the  principal  mineral  sources  of  sev- 
eral common  metals,  three  of  which  are  shown  in  Figure  23.2  ►.  Notice  that 

minerals  are  identified  by  common  names  rather  than  by  chemical  names. 

Names  of  minerals  are  usually  based  on  the  locations  where  they  were  discov- 
ered, the  person  who  discovered  them,  or  some  characteristic  such  as  color.  The 

name  malachite,  for  example,  comes  from  the  Greek  word  malache,  the  name  of  a 
type  of  tree  whose  leaves  are  the  color  of  the  mineral. 

Commercially,  the  most  important  sources  of  metals  are  oxide,  sulfide,  and 
carbonate  minerals.  Silicate  minerals  are  very  abundant,  but  they  are  generally 
difficult  to  concentrate  and  reduce.  Therefore,  most  silicates 
are  not  economical  sources  of  metals. 
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#3  p|| 

(a)  Chalcopyrite 

▲  Figure  23.2   Three  common  minerals. 

(b)  Rutile  in  a  iiu.irt/  matrix (c)  Cinnabar 

TABLE  23.1    Principal  Mineral  Sources  of  Some  Common  Metals 

Metal Mineral Composition 

Aluminum Corundum 

A1203 

Chromium Chromite 
Fe(  r2(  )4 

Copper Chalcocite 
Cu  2S 

Chalcopyrite 
CuFeS2 

Malachite Cu2CC\3(OH)2 
Iron 1  lematite 

Fe203 

Magnetite 

Fe3C\, 

Lead Galena 
PbS 

Manganese Pyrolusite 
MnCs 

Men  ur\ Cinnabar 
HgS 

Molybdenum Molybdenite 

MoS2 

Tin Cassiterite 

Sn02 

Titanium Rutile 

1  i(  > llmenite 
FeTi03 

Zinc 
Sphalerite 

ZnS 

ACTIVITY 
Mineral  Sources  of  Metal  Ores 

Metallurgy 

Metallurgy  is  the  science  and  technology  of  extracting  metals  from  their  natural 
sources  and  preparing  them  for  practical  use.  It  usually  involves  several  steps: 

(1)  mining,  (2)  concentrating  the  ore  or  otherwise  preparing  it  tor  further  treat- 
ment, (3)  reducing  the  ore  to  obtain  the  free  metal,  (4)  refining  or  purifying  the 

metal,  and  (5)  mixing  the  metal  with  other  elements  to  modify  its  properties.  This 
last  process  produces  an  alloy,  a  metallic  material  that  is  composed  of  two  or 
more  elements  (Section  23.6). 

After  being  mined,  an  ore  is  usually  crushed  and  ground  and  then  treated  to 
concentrate  the  desired  metal.  The  concentration  stage  relies  on  differences  in  the 
properties  of  the  mineral  and  the  undesired  material  that  accompanies  it,  which 

is  called  gangue  (pronounced  "gang").  Crude  iron  ore,  for  example,  is  enriched 
and  formed  into  pellets  (Figure  23.3  ►). 

A  Figure  23.3   An  open  pit  iron  ore  mine. 
Crude  ore  is  concentrated  and  formed  into  pellets 
suitable  for  shipment. 
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After  an  ore  is  concentrated,  a  variety  of  chemical  processes  are  used  to  ob- 
tain the  metal  in  suitable  purity.  In  Sections  23.2-23.4  we  will  examine  some  of 

the  most  common  metallurgical  processes.  You  will  see  that  these  techniques 
depend  on  many  of  the  basic  concepts  that  were  discussed  earlier  in  the  text. 

23.2  |  Pyrometallurgy  

A  large  number  of  metallurgical  processes  utilize  high  temperatures  to  alter  the 
mineral  chemically  and  to  ultimately  reduce  it  to  the  free  metal.  The  use  of  heat 

to  alter  or  reduce  the  mineral  is  called  pyrometallurgy.  (Pi/w  means  "at  high 

temperature.") Calcination  is  the  heating  of  an  ore  to  bring  about  its  decomposition  and 

the  elimination  of  a  volatile  product.  The  volatile  product  could  be,  for  exam- 
ple, COt  or  H20.  Carbonates  are  often  calcined  to  drive  off  C02,  forming  the 

metal  oxide.  For  example, 

PbC03(s)        PbO(s)  +  C02(x)  |23.1] 

Most  carbonates  decompose  reasonably  rapidly  at  temperatures  in  the  range  of 

400°C  to  500  C,  although  CaCCh  requires  a  temperature  of  about  1000°C.  Most 

hydrated  minerals  lose  H20  at  temperatures  on  the  order  of  100°C  to  300'C. 
Roasting  is  a  thermal  treatment  that  causes  chemical  reactions  between  the 

ore  and  the  furnace  atmosphere.  Roasting  may  lead  to  oxidation  or  reduction 

and  may  be  accompanied  by  calcination.  An  important  roasting  process  is  the 
oxidation  of  sulfide  ores,  in  which  the  metal  sulfide  is  converted  to  the  metal 

oxide,  as  in  the  following  examples: 

2ZnS(s)  +  3  02(g)   *  2ZnO(s)  +  2  S02(tf)  [23.2] 

2  MoS2(s)  +  7  02(g)  >  2  Mo03(s)  +  4  S02(x)  [23.3] 

The  sulfide  ore  of  a  less  active  metal,  such  as  mercury,  can  be  roasted  to  the  free 
metal: 

HgS(s)  +  02(g)   *  Hg(#)  +  S02(g)  [23.4] 

Roasting  is  a  source  of  air  pollution.  Between  1998  and  2002  the  roasting  of 
metal  ores  in  the  United  States  resulted  in  annual  emissions  of  3.0  to 

33  ■  10"  kg  (about  360  million  tons)  of  SO^).  This  amount,  while  large,  is 
only  about  2.5%  of  that  emitted  by  coal-burning  power  plants,  according  to 
EPA  data. 

In  many  instances  the  free  metal  can  be  obtained  by  using  a  reducing  at- 
mosphere during  roasting.  Carbon  monoxide  provides  such  an  atmosphere, 

and  it  is  frequently  used  to  reduce  metal  oxides: 

PbO(s)  +  CO(x)   »  Pb(/)  +  C02(g)  [23.5] 

This  method  of  reduction  is  not  always  feasible,  however,  especially  with  active 
metals,  which  are  difficult  to  reduce. 

Q    GIVE  IT  SOME  THOUGHT 

Would  you  expect  to  be  able  to  reduce  CaO  by  heating  it  in  the  presence  of  CO? 
What  about  Ag20? 

Smelting  is  a  melting  process  in  which  the  materials  formed  in  the  course 
of  chemical  reactions  separate  into  two  or  more  layers.  Smelting  often  involves 

a  roasting  stage  in  the  same  furnace.  Two  of  the  important  types  of  layers 

formed  in  smelters  are  molten  metal  and  slag.  The  molten  metal  may  consist  al- 
most entirely  of  a  single  metal,  or  it  may  be  a  solution  of  two  or  more  metals. 
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Slag  consists  mainly  of  molten  silicate  minerals,  with  aluminates,  phos- 
phates, and  other  ionic  compounds  as  constituents.  A  slag  is  formed  when  a  basic 

metal  oxide  such  as  CaO  reacts  at  high  temperatures  with  molten  silica  (Si02): 

CaO(/)  +  Si02(/)   *  CaSi03(/)  [23.6] 

Pyrometallurgical  operations  may  involve  not  only  the  concentration  and 

reduction  of  a  mineral  but  also  the  refining  of  the  metal.  Refining  is  the  treat- 
ment of  a  crude,  relatively  impure  metal  product  from  a  metallurgical  process 

to  improve  its  purity  and  to  define  its  composition  better.  Sometimes  the  goal  of 
the  refining  process  is  to  obtain  the  metal  itselt  in  pure  form.  The  goal  may  also 

be  to  produce  a  mixture  with  a  well-defined  composition,  however,  as  in  the 
production  ot  steels  from  crude  iron. 

CO,  CO,,  NO 

The  Pyrometallurgy  of  Iron 

The  most  important  pyrometallurgical  operation  is  the  reduction  of  iron.  Iron 
occurs  in  many  different  minerals,  but  the  most  important  sources  are 

two  iron  oxide  minerals — hematite  (Fe20-)  and  magnetite  (Fe;04). 
As  the  higher-grade  deposits  of  these  minerals  have  become  deplet- 

ed, lower-grade  ores  have  been  tapped.  Taconite,  which  consists  of 
fine-grained  silica  with  variable  ratios  of  hematite  and  magnetite,  has 
increased  in  importance  as  a  source  ot  iron  from  the  great  Mesabi 
Range  lying  west  of  Lake  Superior. 

The  reduction  of  iron  oxides  can  be  accomplished  in  a  bla^t  fur- 
nace, such  as  the  one  illustrated  in  Figure  23.4  ►.  A  blast  furnace  is 

essentially  a  huge  chemical  reactor  capable  of  continuous  opera- 
tion. The  furnace  is  charged  at  the  top  with  a  mixture  ot  iron  ore, 

coke,  and  limestone.  Coke  is  coal  that  has  been  heated  in  the  ab- 

sence of  air  to  drive  off  volatile  components.  It  is  about  85", ,  to  90% 
carbon.  Coke  serves  as  the  fuel,  producing  heat  as  it  is  burned  in 
the  lower  part  of  the  furnace.  It  is  also  the  source  of  the  reducing 
gases  CO  and  Hi.  Limestone  (CaCO^)  serves  as  the  source  of  the 
basic  oxide  CaO,  which  reacts  with  silicates  and  other  components  ( it 
the  ore  to  form  slag.  Air,  which  enters  the  blast  furnace  at  the  bottom 

after  preheating,  is  also  an  important  raw  material;  it  is  required  for  com- 
bustion of  the  coke.  Production  ot  1  kg  of  crude  iron,  called  pig  iron,  re- 

quires about  2  kg  of  ore,  1  kg  of  coke,  0.3  kg  of  limestone,  and  1 .5  kg  of  air. 
In  the  furnace,  oxygen  reacts  with  the  carbon  in  the  coke  to  form  car 

bon  monoxide:* 

1  lot-air  supply  pipt 

Hot-air blast  nozzle 

(one  o!  main 

Ore,  limestone, 
and  coke 

Slag 

Molten  iron 

250  C 

600  C 

moo°( 

1600  c 

Molten-iron 
outlet 

C(  ){g) 

Ml H [23.7| 

also  reacts  with  carbon,  forming  both  carbon 

CO(g)  +  H2(g)       Ml       +131  kj  [23.8] 

2C(s)  +  02(g) 

Water  vapor  present  in  the  £ 
monoxide  and  hydrogen: 

C(s)  +  H20(#)  - 

The  reaction  of  coke  with  oxygen  is  exothermic  and  provides  heat  for  furnace  op- 
eration, whereas  its  reaction  with  water  vapor  is  endothermic.  Addition  of  water 

vapor  to  the  air  thus  provides  a  means  of  controlling  furnace  temperature. 
In  the  upper  part  of  the  furnace,  limestone  decomposes  to  form  C  a( )  and 

C02.  Here,  also,  the  iron  oxides  are  reduced  by  CO  and  Hi.  For  example,  the 

important  reactions  for  Fe-jOj  are 

Fe304(s)  +  4 CO(g)  ►  3  Fe(s)  +  4  C02(g)       Ml         |Sk|  [23.9] 

▲  Figure  23.4   A  blast  furnace.  The 
furnace  is  used  for  reducing  iron  ore  Notice  the 
increasing  temperatures  as  the  materials  pass 
downward  through  the  furnace. 

MOVIE 
Thermite 

Fe304(s)  +  4  H2(g) 3  Fe(s)  +  4  H20(x)       Ml       +150kj  [23. 

*  In  the  reactions  shown  the  enthalpy  changes  are  shew  n  .is  A//  values.  Note,  however,  that  the conditions  in  the  furnace  are  tar  from  standard. 
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A  Figure  23.5   Molten  iron  from  a  blast 
furnace.  The  iron  is  poured  for  transport  to  a 
basic  oxygen  converter.  Steelmakers  convert  iron 
to  steel  by  adding  scrap  steel  and  other  metals  as 
alloying  agents. 

Tilt  to  pour 

Tilting 

trunnion 
ring 

Gas  in  r~ 
(02,  Ar 

Reduction  of  other  elements  present  in  the  ore  also  occurs  in  the  hottest  parts  of 
the  furnace,  where  carbon  is  the  major  reducing  agent. 

Molten  iron  collects  at  the  base  of  the  furnace,  as  shown  in  Figure  23.4.  It  is 

overlaid  with  a  layer  of  molten  slag  formed  by  the  reaction  of  CaO  with  the  sili- 
ca present  in  the  ore  (Equation  23.6).  The  layer  of  slag  over  the  molten  iron  helps 

to  protect  it  from  reaction  with  the  incoming  air.  Periodically  the  furnace  is 
tapped  to  drain  off  slag  and  molten  iron.  The  iron  produced  in  the  furnace  may 
be  cast  into  solid  ingots.  Most,  however,  is  used  directly  in  the  manufacture  of 
steel.  For  this  purpose,  it  is  transported,  while  still  liquid,  to  the  steelmaking 

shop  (Figure  23.5  <).  The  production  of  pig  iron  using  blast  furnaces  has  de- 
creased irf  recent  years  because  of  alternative  reduction  processes  and  the  in- 
creased use  of  iron  scrap  in  steelmaking.  Blast  furnaces  nevertheless  remain  a 

significant  means  of  reducing  iron  oxides. 

Formation  of  Steel 

Steel  is  an  alloy  of  iron.  The  production  of  iron  from  its  ore  is  a  chemical  reduc- 
tion process  that  results  in  a  crude  iron  containing  many  undesired  impurities. 

Iron  from  a  blast  furnace  typically  contains  0.6-1.2%  silicon,  0.4-2.0%  man- 
ganese, and  lesser  amounts  of  phosphorus  and  sulfur.  In  addition,  there  is  con- 

siderable dissolved  carbon.  In  the  production  of  steel  these  impurity  elements 
are  removed  bv  oxidation  in  a  vessel  called  a  converter.  In  modern  steelmaking 

the  oxidizing  agent  is  either  pure  02  or  02  diluted  with  argon.  Air  cannot  be 
used  directly  as  the  source  of  02  because  N2  reacts  with  the  molten  iron  to  form 
iron  nitride,  which  causes  the  steel  to  become  brittle. 

A  cross-sectional  view  of  one  converter  design  appears  in  Figure  23.6  ■<  In 
this  converter  02,  diluted  with  argon,  is  blown  directly  into  the  molten  metal. 

The  oxygen  reacts  exothermically  with  carbon,  silicon,  and  many  metal  impuri- 
ties, reducing  the  concentrations  of  these  elements  in  the  iron.  Carbon  and  sul- 

fur are  expelled  as  CO  and  SOt  gases,  respectively.  Silicon  is  oxidized  to  Si02 
and  adds  to  whatever  slag  may  have  been  present  initially  in  the  melt.  Metal 

oxides  react  with  the  Si02  to  form  silicates.  The  presence  of  a  basic  slag  is 
also  important  for  removal  of  phosphorus: 

Steel  shell 

Refractory 

brick  liner 

Molten  iron and  slag 

3  CaO(/)  +  P203(/) Ca3(P04)2(/) 
[23.11] 

Nearly  all  of  the  02  blown  into  the  converter  is  consumed  in  the  oxi- 
dation reactions.  By  monitoring  the  02  concentration  in  the  gas 

coming  from  the  converter,  it  is  possible  to  tell  when  the  oxidation  is 
essentially  complete.  Oxidation  of  the  impurities  present  in  the  iron 

normally  requires  about  20  min.  When  the  desired  composition  is  at- 
tained, the  contents  of  the  converter  are  dumped  into  a  large  ladle. 

To  produce  steels  with  various  kinds  of  properties,  alloying  ele- 
ments are  added  as  the  ladle  is  being  filled.  The  still-molten  mixture  is 

then  poured  into  molds,  where  it  solidifies. 

▲  Figure  23.6   Refining  iron.  In  this 
converter  for  refining  iron,  a  mixture  of  oxygen 
and  argon  is  blown  through  the  molten  iron  and 
slag.  The  heat  generated  by  the  oxidation  of 
impurities  maintains  the  mixture  in  a  molten 
state.  When  the  desired  composition  is  attained, 
the  converter  is  tilted  to  pour  out  its  contents. 

Wm  SAMPLE  EXERCISE  23.1  |  Enthalpy  Changes  in  a  Converter 

Which  produces  more  heat  in  a  converter,  oxidation  of  1  mol  of  C  or  oxidation  of 
1  mol  of  Si? 

Solution 
Analyze:  We  must  compare  the  enthalpy  change  for  1  mol  of  C  oxidized  to  form  CO2 
with  the  enthalpy  change  for  1  mol  of  Si  oxidized  to  form  Si02- 
Plan:  The  reactions  occur  under  conditions  far  different  from  the  standard-state  con- 

ditions for  the  substances.  Nevertheless,  we  can  estimate  the  enthalpy  changes  by 
using  the  thermodynamic  values  of  Appendix  C. 



Solve:  The  oxidation  reactions  and  enthalpy  changes  under  standard  conditions  arc 

C(s)  +  02(g)   *  COz(g)      AH°xn  =  -393.5  kj  -  (0  +  0)  =  -393.5  k] 

Si(.s)  +  02(g)   ►  Si02(s)       A//,,„  =  -910.9  kj  -  (0  +  0)  =  -910.9  k] 

The  actual  numbers  will  differ  substantially  from  these  because  the  temperature  is 
far  from  298  K,  because  both  C  and  Si  are  dissolved  in  the  molten  iron,  and  be- 

cause Si02  will  be  incorporated  in  the  slag.  Nevertheless,  the  differences  in  the  en- 
thalpies of  reaction  are  so  great  that  it  seems  certain  that  the  enthalpy  change  will 

be  larger  for  Si. 

H  PRACTICE  EXERCISE 

(a)  What  would  you  expect  as  the  product  when  anv  dissolved  manganese  in  the 
molten  mixture  is  oxidized?  (b)  Would  the  manganese  oxidation  be  exothermic  or 
endothermic? 
Answers:  (a)  YlnOi,  (b)  exothermic 

23.5  I  Hydrometallurgy  

Pyrometallurgical  operations  require  large  quantities  of  energy  and  are  often  a 
source  of  atmospheric  pollution,  especially  by  sulfur  dioxide.  For  some  metals, 
other  techniques  have  been  developed  in  which  the  metal  is  extracted  from  its 
ore  by  use  of  aqueous  reactions.  These  processes  are  called  hydrometallurgy 

(hydro  means  "water"). 
The  most  important  hydrometallurgical  process  is  leaching,  in  which  the 

desired  metal-containing  compound  is  selectively  dissolved.  It  the  compound 
is  water  soluble,  water  by  itself  is  a  suitable  leaching  agent.  More  commonly, 

the  agent  is  an  aqueous  solution  of  an  acid,  a  base,  or  a  salt.  Often  the  dissolv  - 
ing process  invok  es  formation  of  a  complex  ion.  As  an  ex- 

ample, we  can  consider  the  leaching  of  gold. 

As  noted  in  the  "Closer  Look"  box  in  Section  4.4,  gold  metal  is  often  found 
relatively  pure  in  nature.  As  concentrated  deposits  of  elemental  gold  have  been 

depleted,  lower-grade  sources  have  become  more  important.  Gold  from  low- 
grade  ores  can  be  concentrated  by  placing  the  crushed  ore  on  large  concrete 
slabs  and  spraying  a  solution  of  NaCN  over  it.  In  the  presence  of  CN  and  air, 
the  gold  is  oxidized,  forming  the  stable  Au(CN)2  ion,  which  is  soluble  in 
water: 

4Au(s)  +  8  CN  {aq)  +  02(g)  +  2  H20(/)  >  4  Au(CN)2  (aq)  t  4  OH  (aq) 
[23.12] 

After  a  metal  ion  is  selectively  leached  from  an  ore,  it  is  precipitated  horn 
solution  as  the  free  metal  or  as  an  insoluble  ionic  compound.  C  .old,  lor  example, 

is  obtained  from  its  cyanide  complex  by  reduction  with  zinc  powder: 

2Au(CN)2  (aq)  4  Zn(S)  >  Zn(CN)42  (aq)  +  2  Au(s)  [23.13] 

The  cyanide  process  for  gold  recovery  has  been  widely  criticized  because  ol 
the  potential  for  pollution  of  groundwater,  rivers,  and  streams.  For  example, 
leakage  from  containment  ponds  into  nearby  streams  in  Romania  several  years 
ago  resulted  in  poisoning  of  all  aquatic  life  in  small  rivers  that  How  into  the 
Danube.  Alternatives  to  cyanide  have  been  investigated.  Thiosulfate  ion, 

SnO-j"-,  has  been  studied  as  an  alternativ  e,  but  the  costs  are 
higher  than  for  the  cyanide  process. 
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0    GIVE  IT  SOME  THOUGHT 

Gold  dissolves  in  the  presence  of  thiosulfate  as  follows: 

4  Au  +  8  S2032  (aq)  +  2  H20(/)  +  02(oc7)   >  4  Au(S203)23  (aq)  •  4  OH  (aq). 
What  is  the  oxidizing  agent  in  this  reaction,  what  is  the  reducing  agent,  and  what  ox- 

idation states  of  the  reducing  and  oxidizing  agents  are  involved? 

The  Hydrometallurgy  of  Aluminum 

Among  metals,  aluminum  is  second  only  to  iron  in  commercial  use.  World 

production  of  aluminum  is  about  1.5  x  10I(I  kg  (16  million  tons)  per  year.  The 
most  useful  ore  of  aluminum  is  bauxite,  in  which  Al  is  present  as  hvdrated  ox- 

ides, Al20v\H20.  The  value  of  v  varies,  depending  on  the  particular  mineral 
present.  Because  bauxite  deposits  in  the  United  States  are  limited,  most  of  the 
ore  used  in  the  production  of  aluminum  must  be  imported. 

The  major  impurities  found  in  bauxite  are  Si02  and  Fe20^.  It  is  essential  to 

separate  Al20-i  from  these  impurities  before  the  metal  is  recovered  by  electro- 
chemical reduction,  as  described  in  Section  23.4.  The  process  used  to  purifv 

bauxite,  called  the  Bayer  process,  is  a  hydrometallurgical  procedure.  The  ore  is 

first  crushed  and  ground,  then  digested  in  a  concentrated  aqueous  NaOH  solu- 

tion, about  30%  NaOH  by  mass,  at  a  temperature  in  the  range  of  150°C  to  230°C. 
Sufficient  pressure,  up  to  30  atm,  is  maintained  to  prevent  boiling.  The  AUOt, 
dissolves  in  this  solution,  forming  the  complex  aluminate  ion,  Al(OH)4  : 

Al2OvH20(s)  +  2H20(/)  +  2  OH  "(aq)  -  — »  2  Al(OH)4 "(aq)  [23.14] 

The  iron(III)  oxides  do  not  dissolve  in  the  strongly  basic  solution.  This  differ- 

ence in  the  behav  ior  of  the  aluminum  and  iron  compounds  arises  because  Al3+ 
is  amphoteric,  whereas  Fe  +  is  not.  Thus,  the  aluminate  solu- 

tion can  be  separated  from  the  iron-containing  solids  by  filtration.  The  pH  of 
the  solution  is  then  lowered,  causing  the  aluminum  hydroxide  to  precipitate. 

After  the  aluminum  hydroxide  precipitate  has  been  filtered,  it  is  calcined  in 
preparation  for  electroreduction  to  the  metal.  The  solution  recovered  from  the 

filtration  is  reconcentrated  so  that  it  can  be  used  again.  This  task  is  accom- 

plished by  heating  to  evaporate  water  from  the  solution,  a  procedure  that  re- 
quires much  energy  and  is  the  most  costly  part  of  the  Bayer  process. 

Q    GIVE  IT  SOME  THOUGHT 

What  do  you  expect  to  be  the  product  of  the  calcination  of  Al(OH)3? 

23.4  I  Electrometallurgy  

Many  processes  that  are  used  to  reduce  metal  ores  or  to  refine  metals  are  based 
on  electrolysis.  Collectively  these  processes  are  referred  to  as 

electrometallurgy.  Electrometallurgical  procedures  can  be  broadly  differentiat- 
ed according  to  whether  they  involve  electrolysis  of  a  molten  salt  or  of  an  aque- 
ous solution. 

Electrolytic  methods  are  important  for  obtaining  the  more  active  metals,  such 
as  sodium,  magnesium,  and  aluminum.  These  metals  cannot  be  obtained  from 
aqueous  solution  because  water  is  more  easily  reduced  than  the  metal  ions.  The 
standard  reduction  potentials  of  water  under  both  acidic  and  basic  conditions  are 

more  positive  than  those  of  Na+  (E°d  =  -2.71  V),  Mg2+ (E°  d  =  -2.37  V),  and Al3"4  (E°d  =  -T66V): 

2H+(aq)  +  2e"    —  H2(g)  E°  d  =  0.00  V  [23.15] 

2H20(/)  +  2e~     —  H2(g)  +  20H"(aq)       E°ed  =  -0.83  V  [23.16] 
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To  form  such  metals  by  electrochemical  reduc- 
tion, therefore,  we  must  employ  a  molten- 

salt  medium  in  which  the  metal  ion  of 

interest  is  the  most  readily  reduced  species. 

Electrometallurgy  of  Sodium 

In  the  commercial  preparation  of  sodium, 

molten  NaCl  is  electrolyzed  in  a  spe- 
cially designed  cell  called  the  Downs 

cell,    illustrated    in    Figure  23.7  ►. 
Calcium  chloride  (CaCL)  is  added  to 

lower  the  melting  point  of  the  molten 
NaCl  from  the  normal  melting  point  of 

804°C  to  around  600  C.  The  \a(/)  and 
Cl^Os')  produced  in  the  electrolysis  are  kept 
from  coming  in  contact  and  re-forming  NaCl.  In 
addition,  the  Na  must  be  prevented  from  contact 

with  oxygen  because  the  metal  would  quickly  oxi- 
dize under  the  high-temperature  conditions  of  the 

cell  reaction. 

NaC  l  inlet 

Molten  NaCl 

Iron  screen  to 

prevent  Na  anc C'U  from  comim 

together 

C12(S) 

9 GIVE  IT  SOME  THOUGHT 

2  Na(/) 

A  Figure  23.7   Production  of  sodium.  The 
Downs  cell  is  used  in  the  commercial  production 
of  sodium. 

Which  ions  carry  the  current  in  a  Downs  cell? 

Electrometallurgy  of  Aluminum 

In  Section  23.3  we  discussed  the  Bayer  process,  in  which  bauxite  is  concentrated 
to  produce  aluminum  hydroxide.  When  this  concentrate 
is  calcined  at  temperatures  in  excess  of  1000  C, 

anhydrous  aluminum  oxide  (AI2O3)  is  formed.  An-  Graphite 
hydrous  aluminum  oxide  melts  at  over  2000  C.  This  anodes 
is  too  high  to  permit  its  use  as  a  molten  medium  for 
electrolytic  formation  of  free  aluminum.  The  electrolytic 
process  commercially  used  to  produce  aluminum  is  known  as 
the  Hall  process,  named  after  its  inventor,  Charles  VI.  Hall 

(see  the  "Closer  Look"  box  in  this  section).  The  purified 
AI2O3  is  dissolved  in  molten  cryolite  (Na-?AlFh),  Molten 
which  has  a  melting  point  of  1012  C  and  is  an  ef-  aluminum 
fective  conductor  of  electric  current.  A  schematic 

diagram   of   the  electrolysis  cell    is   shown  in 
Figure  23.8  ►.  Graphite  rods  are  employed  as  anodes  and 

are  consumed  in  the  electrolysis  process.  The  electrode  reac- 
tions are  as  follows: 

Anode: 

Cathode: 
C(s)  +  2  02"(/) 

3e~  +  Al3+(7) 

C02(g) 

Ah/) 

4e 
[23.17] 

[23.18] 

of  alu- 23.4  ► . 
The  amounts  of  raw  materials  and  energy  required  to  produce  1000  kg 
minum  metal  from  bauxite  by  this  procedure  are  summarized  in  Figure 

Electrorefining  of  Copper 

Copper  is  widely  used  to  make  electrical  wiring  and  in  other  applications  that 
utilize  its  high  electrical  conductivity.  Crude  copper,  which  is  usually  obtained 
by  pyrometallurgical  methods,  is  not  suitable  to  serve  in  electrical  applications 

because  impurities  greatly  reduce  the  metal's  conductivity. 

A  NO.,  dissolved 
in  molten 

cryolite 

C  arhon-lined iron 

▲  Figure  23.8   The  Hall  process.  An 
electrolysis  cell  used  to  form  aluminum  metal 
through  reduction  Because  molten  aluminum  is 
denser  than  the  mixture  of  cryolite  (NasAIF,,)  and 
Al203,  the  metal  collects  at  the  bottom  of  the  cell. 
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►  Figure  23.9   What  it  takes  to  produce 
1000  kg  of  aluminum.  4000  kg  bauxite  (-50%  A1203) 

1900  kg  A1203 

70  kg  cryolite  Electrolytic   56  x  109  J  energy 
450  kg  C  anodes  cen  (4.5V,  10'A) 

{ 
 ,
 
 "

"""
 

1000  kg  Al 

Charles  M.  Hall 

harles  M.  Hall  (Figure  23.10  ►)  began  to  work  on  the  prob- 
lem of  reducing  aluminum  in  about  1885  after  he  had 

learned  from  a  professor  of  the  difficulty  of  reducing  ores  of 
very  active  metals.  Prior  to  the  dev  elopment  of  his  electrolytic 
process,  aluminum  was  obtained  by  a  chemical  reduction  using 

|  sodium  or  potassium  as  the  reducing  agent.  Because  the  proce- 
dure was  very  costly,  aluminum  metal  was  very  expensive.  As 

late  as  1852,  the  cost  of  aluminum  was  $545  per  pound,  far 
greater  than  the  cost  of  gold.  During  the  Paris  Exposition  in 
1855,  aluminum  was  exhibited  as  a  rare  metal,  even  though  it  is 

the  third  most  abundant  element  in  Earth's  crust. 
Hall,  who  was  21  years  old  when  he  began  his  research, 

utilized  handmade  and  borrowed  equipment  in  his  studies 
and  used  a  woodshed  near  his  Ohio  home  as  his  laboratory.  In 

about  a  year's  time  he  was  able  to  solve  the  problem  of  reduc- 
ing aluminum.  His  procedure  consisted  of  finding  an  ionic 

compound  that  could  be  melted  to  form  a  conducting  medium 
that  would  dissolve  AbO-,,  but  would  not  interfere  in  the  elec- 

trolysis reactions.  The  relatively  rare  mineral  cryolite 

(Nn-iAlF,,),  found  in  Greenland,  met  these  criteria.  Ironically, 

■4  Figure  23.10  Charles 
M.  Hall  (1863-1914)  as  a  young 
man. 

Paul  Heroult,  who  was  the  same  age  as  Hall,  made  the  same 
discovery  in  France  at  about  the  same  time.  As  a  result  of  the 

research  of  Hall  and  Heroult,  large-scale  production  of  alu- 
minum became  commercially  feasible  and  aluminum  became  a 

common  and  familiar  metal. 

Purification  of  copper  is  achieved  by  electrolysis,  as  illustrated  in 
Figure  23.11  ►.  Large  slabs  of  crude  copper  serve  as  the  anodes  in  the  cell, 
and  thin  sheets  of  pure  copper  serve  as  the  cathodes.  The  electrolyte  consists 

of  an  acidic  solution  of  CuS04.  Application  of  a  suitable  voltage  to  the  elec- 

trodes causes  oxidation  of  copper  metal  at  the  anode  and  reduction  of  Cu2+ 
to  form  copper  metal  at  the  cathode.  This  strategy  can  be  used  because  cop- 

per is  both  oxidized  and  reduced  more  readily  than  water.  The  relative  ease 

of  reduction  of  Cir+  and  H20  is  seen  by  comparing  their  standard  reduction 

potentials: 

Cu2+(aq)  +  2e~    — >  Cu(s)  E°ed=+0.34V  [23.19] 

2H20(/)  +  2e~     ->  H2(g)  +  2  OH~(aq)       £r°ed  =  -0.83  V  [23.20] 
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■4  Figure  23.11    Electrolysis  cell  for 
refining  copper.  As  the  anodes  aV 
the  cathodes  on  which  the  pure  metal  is 
deposited  grow  larger. 

The  impurities  in  the  copper  anode  include  lend,  /inc,  nickel,  arsenic,  selenium, 

tellurium,  and  several  precious  metals  including  gold  and  silver.  Metallic  im- 
purities  that  are  more  active  than  copper  are  readily  oxidized  at  the  anode,  but 

do  not  plate  out  at  the  cathode  because  their  reduction  potentials  are  more  neg- 
ative than  that  for  Cu  .  Less  active  metals,  however,  are  not  oxidized  at  the 

anode.  Instead  they  collect  below  the  anode  as  a  sludge  that  is  collected  and 

processed  to  recover  the  valuable  metals.  The  anode  sludges  from  copper- 
refining  cells  prov  ide  one-fourth  of  U.S.  silver  production  and  about  one-eighth 
of  U.S.  gold  production. 

9 
GIVE  IT  SOME  THOUGHT 

Which  ions  carry  the  current  in  the  electrorefining  of  copper? 

ACTIVITY 
Electrolysis 

■i  SAMPLE  EXERCISE  23.2  |  Impurities  in  Electrorefining 

Nickel  is  one  of  the  chief  impurities  in  the  crude  copper  that  is  subjected  to  electrore- 
fining. What  happens  to  this  nickel  in  the  course  of  the  electrolytic  process1 

Solution 

Analyze:  We  are  asked  to  predict  whether  nickel  t  an  be  oxidized  at  the  anode  and  re- 
duced at  the  cathode  during  the  electrorefining  of  copper. 

Plan:  We  need  to  compare  the  standard  reduction  potentials  oi  Ni  and  (  u  .  Hie 
more  negative  the  reduction  potential,  the  less  readily  the  ion  is  reduced  hut  the  more 
readily  the  metal  itself  is  oxidized. 
Solve:  The  standard  reduction  potential  forNi    is  more  negative  than  that  forCu  : 

Nr '(<«/)  +  2e   ►  Ni(s)       E°ed  =  -0.28  V 

Cu2  '(<?(/)  4-  2e   »  Cu(s)       E?ed  =  +0.34  V 

As  a  result,  nickel  is  more  readily  oxidized  than  copper,  assuming  standard  condi- 
tions. Although  we  do  not  have  standard  conditions  in  the  electrolytic  cell,  we  never- 

theless expect  that  nickel  is  preferentially  oxidized  at  the  anode.  Because  the 

reduction  of  Ni2  +  occurs  less  readily  than  the  reduction  of  Cu  ,  the  Ni  '  accumu- 
lates in  the  electrolyte  solution,  while  the  Cu  is  reduced  at  the  cathode.  After  a  time 

it  is  necessary  to  recycle  the  electrolyte  solution  to  remove  the  accumulated  metal  ion 
impurities,  such  as  Ni  . 

Wm  PRACTICE  EXERCISE 

Zinc  is  another  common  impurity  in  copper.  Using  standard  rediK  lion  potentials,  de- 
termine whether  zinc  will  accumulate  in  the  anode  sludge  or  in  the  electrolytic  solu- 

tion during  the  electrorefining  of  copper. 
Answer:  It  is  found  in  the  electrolytic  solution  because  the  standard  reduction  poten- 

tial of  Zn2+  is  more  negative  than  that  of  Cu  . 
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23.5  |  Metallic  Bonding  

In  our  discussion  of  metallurgy  we  have  confined  ourselves  to  discussing  the 

methods  employed  for  obtaining  metals  in  pure  form.  Metallurgy  is  also  con- 

cerned with  understanding  the  properties  of  metals  and  with  developing  use- 
ful new  materials.  As  with  any  branch  of  science  and  engineering,  our  ability  to 

make  advances  is  coupled  to  our  understanding  of  the  fundamental  properties 

of  the  systems  with  which  we  work.  At  several  places  in  the  text  we  have  re- 
ferred to  the  differences  in  physical  and  chemical  behav  ior  between  metals  and 

nonmetals.  Let's  now  consider  the  distinctive  properties  of  metals  and  relate 
these  properties  to  a  model  for  metallic  bonding. 

▲  Figure  23.12   Malleability  and  ductility. 
Gold  leaf  (left)  demonstrates  the  characteristic 
malleability  of  metals,  and  copper  wire  (right) 
demonstrates  their  ductility. 

Metal  ion  (  +  ) 

▲  Figure  23.13   Electron-sea  model. 
Schematic  illustration  of  the  electron-sea  model 
of  the  electronic  structure  of  metals.  Each  sphere 
is  a  positively  charged  metal  ion. 

Physical  Properties  of  Metals 

You  have  probably  held  a  length  of  copper  wire  or  an  iron  bolt.  Perhaps  vou 

have  even  seen  the  surface  of  a  freshly  cut  piece  of  sodium  metal.  These  sub- 
stances, although  distinct  from  one  another,  share  certain  similarities  that  en- 

able us  to  classify  them  as  metallic.  A  clean  metal  surface  has  a  characteristic 
luster.  In  addition,  metals  that  we  can  handle  with  bare  hands  have  a  charac- 

teristic cold  feeling  related  to  their  high  heat  conductivity.  Metals  also  have 
high  electrical  conductivities;  electrical  current  flows  easily  through  them. 
Current  flow  occurs  without  any  displacement  of  atoms  within  the  metal 
structure  and  is  due  to  the  flow  of  electrons  within  the  metal.  The  heat  con- 

ductivity of  a  metal  usually  parallels  its  electricai  conductivity.  Silver  and 

copper,  for  example,  which  possess  the  highest  electrical  conductivities 

among  the  elements,  also  possess  the  highest  heat  conductivities.  This  obser- 
vation suggests  that  the  two  types  of  conductivity  have  the  same  origin  in 

metals,  which  we  will  soon  discuss. 

Most  metals  are  malleable,  which  means  that  they  can  be  hammered  into 
thin  sheets,  and  ductile,  which  means  that  they  can  be  drawn  into  wires 

(Figure  23.12  -4).  These  properties  indicate  that  the  atoms  are  capable  of  slip- 
ping with  respect  to  one  another.  Ionic  solids  or  crystals  of  most  covalent  com- 

pounds do  not  exhibit  such  behavior.  These  types  of  solids  are  typically  brittle 
and  fracture  easilv.  Consider,  for  example,  the  difference  between  dropping  an 
ice  cube  and  a  block  of  aluminum  metal  onto  a  concrete  floor. 

Most  metals  form  solid  structures  in  which  the  atoms  are  arranged  as 

close-packed  spheres.  Copper,  for  example,  possesses  a  cubic  close-packed 
structure  in  which  each  copper  atom  is  in  contact  with  12  other  copper  atoms. 

The  number  of  valence-shell  electrons  available  for  bond 

formation  is  insufficient  for  a  copper  atom  to  form  an  electron-pair  bond  to 
each  of  its  neighbors.  If  each  atom  is  to  share  its  bonding  electrons  with  all  its 
neighbors,  these  electrons  must  be  able  to  move  from  one  bonding  region  to 
another. 

Electron-Sea  Model  for  Metallic  Bonding 

One  very  simple  model  that  accounts  for  some  of  the  most  important  character- 
istics of  metals  is  the  electron-sea  model.  In  this  model  the 

metal  is  pictured  as  an  array  of  metal  cations  in  a  "sea"  of  valence  electrons,  as 
illustrated  in  Figure  23.13  4.  The  electrons  are  confined  to  the  metal  by  electro- 

static attractions  to  the  cations,  and  they  are  uniformly  distributed  throughout 
the  structure.  The  electrons  are  mobile,  however,  and  no  individual  electron  is 

confined  to  any  particular  metal  ion.  When  a  metal  wire  is  connected  to  the 
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TABLE  23.2   Melting  Points  of  Selected  Transition  Metals 

Group  3B Croup  6B Group  8B 

Metal Sc Cr 

Ni Melting  point  (°C) 
1541 1857 

1455 

Metal Y Mo Pd 

Melting  point  (°C) 
1522 2617 1554 

Metal La VV Pt 

Melting  point  (°C) 
918 1411) 1772 

terminals  of  a  battery,  electrons  How  through  the  metal  toward  the  positive  ter- 
minal and  into  the  metal  from  the  battery  .it  the  negative  terminal.  I  he  high 

heat  conductivity  of  metals  is  also  accounted  for  hv  the  mobility  ol  the  elec- 
trons, which  permits  ready  transfer  of  kinetic  energy  throughout  the  solid.  The 

ability  of  metals  to  deform  (their  malleability  and  ductility)  can  be  explained  by 

the  fact  that  metal  atoms  form  bonds  to  many  neighbors.  Changes  in  the  posi- 
tions of  the  atoms  brought  about  in  reshaping  the  metal  are  partly  accommo- 
dated by  a  redistribution  of  electrons. 

The  electron-sea  model,  however,  does  not  adequately  explain  all  proper- 
ties. According  to  the  model,  for  example,  the  strength  of  bonding  between 

metal  atoms  should  increase  as  the  number  of  valence  electrons  increases,  re- 
sulting in  a  corresponding  increase  in  melting  points.  The  group  f>B  metals  (Cr, 

Mo,  W),  however,  which  are  in  the  center  of  the  transition  metals,  have  the 

highest  melting  points  in  their  respectiv  e  periods.  The  melting  points  on  either 
side  of  the  center  are  lower  (  [able  23.2  ▲),  which  implies  that  the  strength  of 
metallic  blinding  first  increases  with  increasing  number  of  electrons  and  then 
decreases.  Similar  trends  are  seen  in  other  physical  properties  of  the  metals, 
such  as  the  heat  of  fusion,  hardness,  and  boiling  point. 

In  order  to  explain  some  of  the  physical  properties  of  metals,  we  need  a 

more  refined  model  than  the  electron-sea  model  to  describe  metallic  bonding. 

We  obtain  a  better  model  by  applying  the  concepts  of  molecular-orbital  theory 
to  metals. 

Molecular-Orbital  Model  for  Metals 

In  considering  the  structures  of  solids,  we  saw  that  in  some  cases  electrons  are 
delocalized,  or  distributed,  over  several  atoms.  The  bonding 
in  metals  arises  from  the  overlap  of  valence  atomic  orbitals  on  one  metal  atom 

with  those  on  several  nearest  neighbors,  which  in  turn  overlap  with  atomic  or- 
bitals on  still  other  atoms. 

We  saw  in  Sections  c>.7  and  12.1  that  the  overlap  of  atomic  orbitals  leads 
to  the  formation  of  molecular  orbitals.  The  number  of  molecular  orbitals 

equals  the  number  of  atomic  orbitals  that  overlap.  In  a  metal  the  number 
of  atomic  orbitals  that  interact  or  ov  erlap  is  very  large.  Thus,  the  number  of 
molecular  orbitals  is  also  very  large.  Figure  12.1  shows  schematically  what 

happens  as  increasing  numbers  of  metal  atoms  come  together  to  form  mole- 
cular orbitals.  Interaction  of  all  the  valence  atomic  orbitals  of  each  metal 

atom  with  the  orbitals  of  adjacent  metal  atoms  gives  rise  to  a  huge  number  of 

molecular  orbitals  that  extend  over  the  entire  metal  structure,  forming  a  con- 
tinuous band  of  allowed  energy  states,  referred  to  as  an  energy  band. 

The  electrons  available  for  metallic  bonding  do  not  completely  fill  the  *  activity 

available  molecular  orbitals;  we  can  think  of  the  energy  band  as  a  partially        vj'  Metallic  Bonding 
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filled  container  for  electrons.  The  incomplete  filling  of  the  energy  band  gives 
rise  to  characteristic  metallic  properties.  The  electrons  in  orbitals  near  the  top 

of  the  occupied  levels  require  very  little  energy  input  to  be  "promoted"  to  still 
higher-energy  orbitals  that  are  unoccupied.  Under  the  influence  of  any  source 
of  excitation,  such  as  an  applied  electrical  potential  or  an  input  of  thermal  en- 

ergy, electrons  move  into  previously  vacant  levels  and  are  thus  freed  to  move 
through  the  lattice,  giving  rise  to  electrical  and  thermal  conductivity. 

Trends  in  properties  of  transition  metals,  such  as  the  melting  point  (Table  23.2), 

can  be  readily  explained  by  the  molecular-orbital  model.  Recall  the  molecular- 
orbital  description  of  second-period  diatomic  molecules.  Half  of 
the  molecular  orbitals  were  bonding,  and  half  were  antibonding.  As  we  proceed 

across  the  period,  the  bond  order  generally  increases  until  N2,  at  which  point  it  be- 
gins to  decrease.  This  trend  occurs  because  N2  possesses  the  right  number  of  elec- 

trons to  completely  fill  the  bonding  molecular  orbitals  while  leaving  the 

higher-energy  antibonding  molecular  orbitals  empty. 
The  energy  states  that  lead  to  the  band  for  transition  metals  can  likewise  be 

divided  roughly  into  two  types:  lower-energy  states  that  result  from  metal-metal 
bonding  interactions  and  those  at  higher  energy  that  result  from  metal-metal  an- 

tibonding interactions.  The  group  6B  metals  (Cr,  Mo,  W)  possess  the  correct 
number  of  electrons  to  fill  the  portion  of  the  energy  band  that  results  from 

metal-metal  bonding  interactions  and  to  leave  the  metal-metal  antibonding 
orbitals  empty.  Metals  with  a  smaller  number  of  electrons  than  this  group  of 

metals  have  fewer  metal-metal  bonding  orbitals  occupied.  Metals  with  a 
greater  number  of  electrons  than  this  group  of  metals  have  more  metal-metal 
antibonding  orbitals  occupied.  In  each  case  the  metal-metal  bonding  should  be 
weaker  than  that  of  the  group  6B  metals,  consistent  with  the  trends  in  melting 
point  and  other  properties.  Keep  in  mind,  though,  that  factors  other  than  the 
number  of  electrons  (such  as  atomic  radius,  nuclear  charge,  and  the  particular 
packing  structure  of  the  metal)  also  play  a  role  in  determining  the  properties  of 
metals. 

Q    GIVE  IT  SOME  THOUGHT 

Refer  to  Table  23.2.  Which  element,  Mo  or  Pd,  has  the  greater  number  of  electrons  in 
antibonding  orbitals? 

This  molecular-orbital  model  of  metallic  bonding  (or  band  theory,  as  it  is 

also  called)  is  not  so  different  in  some  respects  from  the  electron-sea  model.  In 
both  models  the  electrons  are  free  to  move  about  in  the  solid.  The  molecular- 

orbital  model  is  more  quantitative  than  the  simple  electron-sea  model,  howev- 
er, so  many  properties  of  metals  can  be  accounted  for  bv  quantum  mechanical 

calculations  using  molecular-orbital  theory. 

23.6  [  Alloys  

An  alloy  is  a  material  that  contains  more  than  one  element  and  has  the  charac- 
teristic properties  of  metals.  The  alloying  of  metals  is  of  great  importance  be- 

cause it  is  one  of  the  primary  ways  of  modifying  the  properties  of  pure  metallic 

elements.  Nearly  all  the  common  uses  of  iron,  for  example,  involve  alloy  com- 
positions. Pure  gold,  moreover,  is  too  soft  to  be  used  in  jewelry,  whereas  alloys 

of  gold  and  copper  are  quite  hard.  Pure  gold  is  termed  24  carat;  the  common 
alloy  used  in  jewelry  is  14  carat,  meaning  that  it  is  58%  gold  (t|  x  100%).  A 
gold  alloy  of  this  composition  has  suitable  hardness  to  be  used  in  jewelry.  The 
alloy  can  be  either  yellow  or  white,  depending  on  the  elements  added.  Some 
further  examples  of  alloys  are  given  in  Table  23.3  ►. 
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TABLE  23.3    Some  Common  Alloys 

Primary  Element Name  of  Alloy 

Bismuth Wood's  metal 

Copper Yellow  brass 
Iron Stainless  steel 

Lead Plumber's  solder 

Silver Sterling  silver 
Dental  amalgam 

Composition  by  Mass Properties Uses 

507.,  Bi,  25%  Pb,  12.5%  Sn, 

12.3",,  Cd 

67%  Cu,  33"„  Zn 
80.6%  Fe,  0.4%  C,  18%  Cr, 
1%  Ni 

67%  Pb,  33"„  Sn 

92.5%  Ag,  7.5"„  Cu 
70%  Ag,  IS",,  Sn,  10% Cu,  2",,  Hg 

1  ov\  melting  point (70  C) 

Ductile,  takes  polish 
Resists  corrosion 

Low  melting  point 
(273  C) 

Bright  surface 
Easily  worked 

Fuse  plugs,  automatic 

sprinklers 1  lardware  items 
Tableware 

Soldering  joints 

Tableware 
Dental  fillings 

Alloys  can  be  classified  as  solution  alloys,  heterogeneous  alloys,  and  inter- 
metallic  compounds.  Solution  alloys  are  homogeneous  mixtures  in  which  the 
components  are  dispersed  randomly  and  uniformly.  Atoms  of  the  solute  can 
take  positions  normally  occupied  by  a  solvent  atom,  thereby  forming  a 
substitutional  alloy;  or  they  can  occupy  interstitial  positions,  positions  in  the 

"holes"  between  the  solvent  atoms,  thereby  forming  an  interstitial  alloy.  These 
types  are  diagrammed  in  Figure  23.14  ▼. 

▼  Figure  23.14   Substitutional  and 
interstitial  alloys.  (The  blue  spheres 
represent  host  metal;  the  yellow  spheres 
represent  the  other  components  of  the 

alloy.) 

THE  ARRANGEMENT  OF  ATOMS  IN  TWO  TYPES  OF  SOLUTION  ALLOYS 

Solution  alloys  arc  homogenous  mixtures  in  which  the  components  are  dispersed 

randomly  and  uniformly. 

In  a  Substitutional  Alloy,  atoms 
of  the  solute  take  positions 
normally  occupied  by  a 

solvent  atom. 

In  an  Interstitial  Alloy,  solute 

atoms  occupy  interstiti.il 

positions  in  the  "holes" between  the  solvent  atoms. 
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Substitutional  alloys  are  formed  when  the  two  metallic  components  have 

similar  atomic  radii  and  chemical-bonding  characteristics.  For  example,  sil- 
ver and  gold  form  such  an  alloy  over  the  entire  range  of  possible  composi- 

tions. When  two  metals  differ  in  radii  by  more  than  about  15%,  solubility  is 
more  limited. 

For  an  interstitial  alloy  to  form,  the  component  present  in  the  interstitial 
positions  between  the  solvent  atoms  must  have  a  much  smaller  bonding 
atomic  radius  than  the  solvent  atoms.  TvpicaJlv,  an  interstitial  element  is  a 
nonmetal  that  bonds  to  neighboring  atoms.  The  presence  of  the  extra  bonds 
provided  by  the  interstitial  component  causes  the  metal  lattice  to  become 

harder,  stronger,  and  less  ductile.  Steel,  for  example,  is  an  alloy  of  iron  that 
contains  up  to  3%  carbon.  Steel  is  much  harder  and  stronger  than  pure  iron. 
Mild  steels  contain  less  than  0.2%  carbon;  they  are  malleable  and  ductile  and 
are  used  to  make  cables,  nails,  and  chains.  Medium  steels  contain  0.2-0.6% 

carbon;  they  are  tougher  than  mild  steels  and  are  used  to  make  girders  and 

rails.  High-carbon  steel,  used  in  cutlers',  tools,  and  springs,  contains  0.6-1.5% 
carbon.  In  all  these  cases  other  elements  may  be  added  to  form  alloy  steels. 

Vanadium  and  chromium  may  be  added  to  impart  strength  and  to  increase 
resistance  to  fatigue  and  corrosion.  For  example,  a  rail  steel  used  in  Sweden 
on  lines  bearing  heavy  ore  carriers  contains  0.7%  carbon,  1%  chromium,  and 
0.1 %  vanadium. 

Q    GIVE  IT  SOME  THOUGHT 

Would  you  expect  the  alloy  PdB0  15  to  be  a  substitutional  alloy  or  an  interstitial  alloy? 

One  of  the  most  important  iron  alloys  is  stainless  steel,  which  contains 
about  0.4%  carbon,  18%  chromium,  and  1%  nickel.  The  chromium  is  obtained 

by  carbon  reduction  of  chromite  (FeCr204)  in  an  electric  furnace.  The  product 
of  the  reduction  is  ferrochrome  (FeCri),  which  is  then  added  in  the  appropriate 
amount  to  molten  iron  that  comes  from  the  converter,  to  achieve  the  desired 

steel  composition.  The  ratio  of  elements  present  in  the  steel  may  vary  over  a 

wide  range,  imparting  a  variety  of  specific  physical  and  chemical  properties  to 
the  materials. 

In  a  heterogeneous  alloy  the  components  are  not  dispersed  uniformly.  In 

the  form  of  steel  known  as  pearlite,  for  example,  two  distinct  phases — 
essentially  pure  iron  and  the  compound  Fe-,C,  known  as  cementite — are  pre- 

sent in  alternating  layers.  In  general,  the  properties  of  heterogeneous  alloys 
depend  not  only  on  the  composition  but  also  on  the  manner  in  which  the  solid 
is  formed  from  the  molten  mixture.  Rapid  cooling  leads  to  distinctly  different 
properties  than  are  obtained  by  slow  cooling. 

Intermetallic  Compounds 

Intermetallic  compounds  are  homogeneous  alloys  that  have  definite  proper- 
ties and  compositions.  For  example,  copper  and  aluminum  form  a  compound, 

CuAIt,  known  as  duraluminum.  Intermetallic  compounds  play  many  impor- 
tant roles  in  modern  society.  The  intermetallic  compound  Ni^Al  is  a  major  com- 

ponent of  jet  aircraft  engines  because  of  its  strength  and  low  density.  Razor 
blades  are  often  coated  with  Cr3Pt,  which  adds  hardness,  allowing  the  blade  to 

stay  sharp  longer.  The  compound  Co5Sm  is  used  in  the  permanent  magnets  in 

lightweight  headsets  and  high-fidelity  speakers  (Figure  23.15  A)  because  of  its 
high  magnetic  strength  per  unit  weight. 



23.6 Allovs  1009 

These  examples  illustrate  some  unusual  ratios  of  combining  elements. 

Nothing  we  have  yet  discussed  in  this  text  would  lead  us  to  predict  such  com- 
positions. Among  the  many  fundamental  problems  that  remain  unresolved  in 

chemistry  is  that  of  developing  a  good  theoretical  model  to  predict  the  stoi- 
chiometrics of  Lntermetallic  compounds. 

Shape -Memory  Alloys 

n  1C>61  o  naval  engineer,  William  J.  Buechler,  made  an  unex- 
I  pected  and  fortunate  discovery.  In  searching  for  the  best 

metal  to  use  in  missile  nose  cones,  hi'  tested  many  metal  alloys. 
One  of  them,  an  intermetallic  compound  of  nickel  and  titanium, 
NiTi,  behaved  verv  oddly.  When  he  struck  the  cold  metal,  the 
sound  was  a  dull  thud.  When  he  struck  the  metal  at  a  higher 
temperature,  however,  it  resonated  like  a  hell.  Mr.  Buechler 

knew  that  the  way  in  which  sound  propagates  in  a  metal  is  re- 
lated to  its  metallic  structure.  Clearly,  the  structure  of  the  NiTi 

alloy  had  changed  as  it  went  from  cold  to  warm.  As  it  turned 
out,  he  had  discovered  an  alloy  that  has  shape  memory. 

Metals  and  metal  allovs  consist  of  many  tiny  crystalline 
areas  (crystallites).  When  a  metal  is  formed  into  a  certain  shape 
at  high  temperature,  the  crystallites  are  forced  into  a  particular 

arrangement  with  respect  to  one  another.  Upon  cooling  a  nor- 

mal metal,  the  crystallites  are  "locked"  in  place  by  the  bonds 
between  them.  When  the  metal  is  subsequently  bent,  the  re- 

sulting stresses  are  sometimes  elastic,  as  in  a  spring.  Often, 
however,  the  metal  merely  deforms  (tor  example,  when  we 
bend  a  nail  or  crumple  a  sheet  of  aluminum  toil).  In  these 

cases  bending  weakens  the  bonds  that  tie  the  crystallites  to- 
gether, and  upon  repeated  flexing,  the  metal  breaks  apart. 

In  a  shape-memory  alloy,  the  atoms  can  exist  in  two  dif- 
ferent bonding  arrangements,  representing  two  different 

solid-state  phases.  The  higher-temperature 
phase  has  strong,  fixed  bonds  between  the  atoms  in  the  crys- 

tallites. By  contrast,  the  lower-temperature  phase  is  unite  flex- 
ible with  respect  to  the  arrangements  between  the  atoms. 

Thus,  when  the  metal  is  distorted  at  low  temperature,  the 
stresses  of  the  distortion  are  absorbed  within  the  crystallites  by 

changes  in  the  atomic  lattice.  In  the  higher-temperature  phase, 
however,  the  atomic  lattice  is  stiff,  and  stresses  that  are  due  to 

bending  are  absorbed  by  the  bonds  between  crystallites,  .is  in 
a  normal  metal. 

To  see  how  a  shape-memory  metal  behaves,  suppose  we 
bend  a  bar  of  NiTi  alloy  into  a  semicircle  [Figure  23.16(a)  ►  | 
and  then  heat  it  to  about  500°C.  We  then  cool  the  metal  to 
below  the  transition  temperature  for  the  phase  change  to  the 

low-temperature,  flexible  form.  Although  the  cold  metal  re- 
mains in  the  semicircular  form,  as  in  Figure  23.  L6(b),  it  is  now 

quite  flexible  and  can  readily  be  straightened  or  bent  into  an- 
other shape.  When  the  metal  is  subsequently  warmed  and 

passes  through  the  phase  change  to  the  "stiff"  phase,  it  "re- 

members" its  original  shape  and  immediately  returns  to  it  as 
shown  in  Figure  23.16(c). 

There  are  many  uses  tor  such  shape-memory  alloys.  1  he 
(  urved  shape  in  a  dental  brace,  lor  example,  can  be  formed  at 
high  temperature  into  the  curve  that  the  teeth  are  desired  to 
follow.  I  lien  at  low  temperature,  where  the  metal  is  flexible, 
it  can  be  shaped  to  tit  the  mouth  ot  the  wearer  ot  the  braces. 
\\  hen  the  brace  is  inserted  in  the  mouth  and  warms  to  body 

temperature,  the  metal  passes  into  the  stiff  phase  and  exerts 
.)  fore e  against  the  teeth  .is  it  attempts  to  return  to  its  original 

shape.  Other  uses  lor  shape-memory  metals  include  heat- 
actuated  shutoff  valves  in  industrial  process  lines,  which 
need  no  outside  pow  er  source.  Shape-memory  allo\  s  are  also 
being  evaluated  for  use  in  metallic  stents,  inserted  into  nar- 

row veins  to  hold  them  open.  I  he  chilled  NiTi  alloy  stent  is 

in  a  collapsed  form.  When  it  warms  in  the  body,  the  stent  ex- 

pands to  the  original  size  that  it  "remembers." 

Bend  tube  and  heat-treat to  set  shape 

(a) 

Cool  metal  to  below 

phase- transition 
temperature 

Straighten  metal 
tube,  which  bends 

easily 

(b) 

Warm  metal  to  above  phase- 
transition  temperature;  it 
immediately  returns  to  bent 
shape 

(<  I 

Figure  23.16   Behavior  of  a  shape-memory  alloy. 
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▲  Figure  23.17  Transition  elements  in  the  periodic  table.  Transition  metals  are  those  elements  that 
occupy  the  d  block  of  the  periodic  table. 

23.7  I  Transition  Metals 

Many  of  the  most  important  metals  of  modern  society  are  transition  metals. 
Transition  metals,  which  occupy  the  d  block  of  the  periodic  table  (Figure  23.17  ▲), 
include  such  familiar  elements  as  chromium,  iron,  nickel,  and  copper.  They  also 

include  less  familiar  elements  that  have  come  to  play  important  roles  in  mod- 
ern technology,  such  as  those  in  the  high-performance  jet  engine  pictured  in 

Figure  23.1.  In  this  section  we  consider  some  of  the  physical  and  chemical  prop- 
erties of  transition  metals. 

Physical  Properties 

Several  physical  properties  of  the  elements  of  the  first  transition  series  are  list- 
ed in  Table  23.4  ▼.  Some  of  these  properties,  such  as  ionization  energy  and 

atomic  radius,  are  characteristic  of  isolated  atoms.  Others,  including  density 
and  melting  point,  are  characteristic  of  the  bulk  solid  metal. 

The  atomic  properties  vary  in  similar  ways  across  each  series.  Notice,  for  ex- 

ample, that  the  bonding  atomic  radii  '<)  of  the  transition  metals 
shown  in  Figure  23.18  ►  exhibit  the  same  pattern  in  all  three  series.  The  trend  in 
atomic  radii  is  complex  because  it  is  the  product  of  several  factors,  some  of  which 

work  in  opposite  directions.  In  general,  we  would  expect  the  atomic  radius  to  de- 
crease steadily  as  we  proceed  from  left  to  right  across  the  transition  series  because 

of  the  increasing  effective  nuclear  charge  experienced  bv  the  valence  electrons. 

Indeed,  for  groups  3,  4,  and  5  this  is  the  trend  observed.  As  the  number  of  d  elec- 
trons increases,  however,  not  all  of  them  are  employed  in  bonding.  Nonbonding 

electrons  exert  repulsive  effects  that  cause  increased  bond  distances,  and  we  see 
their  effects  in  the  maximum  that  occurs  at  group  7  and  in  the  increase  seen  as  we 

TABLE  23.4   Properties  of  the  First  Transition-Series  Elements 

Group: 
3B 

4B 
5B 

6B 

7B 

8B IB 

2B 
Element: Sc Ti V 

Cr 

Mn 

Fe 

Co 

Ni 

Cu Zn 

Electron  configuration 

3d1 As2 3d24s2 
3rf34s2 

3dHs 1 3d54s2 3d64s2 
3</74s: 3rf84s2 

3d104s1 

3rf104s2 

First  ionization  energy  (kj/mol) 
63 1 

658 
650 

653 717 

759 

758 
737 

745 906 

Bonding  atomic  radius  ( A ) 1.44 
L.36 

1.25 1.27 

1 .39 
1.25 

1.26 1.21 1.38 1.31 

Density  (g/em  ') 3.0 

4.5 

6.1 

7.9 

7.2 

7.9 8.7 

8.9 

8.9 

7.1 

Melting  point  ( "C) 
1541 1660 1917 1857 1244 

1537 
1494 

1455 1084 
420 
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4  Figure  23.18  Atomic  radii.  Variation 
in  the  atomic  radius  of  transition  metals  as  a 
function  of  the  periodic  table  group  number 

15  ( Iroup 

move  past  the  group  8  elements.  The  bonding  atomic  radius  is  an  empirical 
quantity  that  is  especially  difficult  to  define  tor  elements  such  as  the  transition 
metals,  which  can  exist  in  various  oxidation  states.  Nevertheless,  comparisons  of 
the  variations  from  one  series  to  another  are  valid. 

Q    GIVE  IT  SOME  THOUGHT 

Which  has  the  higher  bonding  atomic  radius,  Ni  or  Pd? 

The  incomplete  screening  of  the  nuclear  charge  by  added  electrons  pro- 
duces an  interesting  and  important  effect  in  the  third  transition-metal  scries.  In 

general,  the  bonding  atomic  radius  increases  as  we  move  down  in  a  family,  he- 
cause  of  the  increasing  principal  quantum  number  of  the  outer-shell  electrons. 

i)  Once  we  move  beyond  the  group  3  elements,  however,  the 
second  and  third  transition-series  elements  have  virtually  the  same  bonding 
atomic  radii.  In  group  3,  for  example,  tantalum  has  virtually  the  same  radius  as 
niobium.  This  effect  has  its  origin  in  the  lanthanide  series,  the  elements  with 
atomic  numbers  57  through  70,  which  occur  between  Ba  and  Lu  (Inside  front 

cover).  The  filling  of  4/  orbitals  through  the  lanthanide  elements  causes  a 
steady  increase  in  the  effectiv  e  nuclear  charge,  producing  a  contraction  in  si/e, 
called  the  lanthanide  contraction.  This  contraction  just  offsets  the  increase  we 

would  expect  as  we  go  from  the  second  to  the  third  series,  t  hus,  the  second- 
and  third-series  transition  metals  in  each  group  have  about  the  same  radii  all 

the  way  across  the  series.  As  a  consequence,  the  second-  and  third-series  metals 
in  a  given  group  have  great  similarity  in  their  chemical  properties.  For  exam- 

ple, the  chemical  properties  of  zirconium  and  hafnium  are  remarkably  similar. 
They  always  occur  together  in  nature,  and  they  are  very  difficult  to  separate. 

Electron  Configurations  and  Oxidation  States 

Transition  metals  owe  their  location  in  the  periodic  table  to  the  filling  of  the  il 
subshells.  When  these  metals  are  oxidized,  however,  they  lose  their  outer  s 
electrons  before  thev  lose  electrons  from  the  (/  subshell.  I  he 

electron  configuration  of  Fe  is  [Ar]3c/64s  ,  for  example,  whereas  that  of  Fe  is 

[Ar]3(f'\  Formation  of  Fe3+  requires  loss  of  one  3d  electron,  giving  [Ar].~W\ 
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▲  Figure  23.19   Salts  of  transition-metal  ions  and  their  solutions.  From  left  to  right:  Mn2  ,  Fe2 
Co2  ,  Ni2  ,Cu2  ,andZn2  \ 

T  Figure  23.20   Nonzero  oxidation  states 
of  the  first  transition  series.  The  most 
common  oxidation  states  are  indicated  by  the 
larger  circles. 
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Most  transition-metal  ions  contain  partially  occupied  d  subshells.  The  exis- 
tence of  these  d  electrons  is  partly  responsible  for  several  characteristics  of 

transition  metals: 

1.  They  often  exhibit  more  than  one  stable  oxidation  state. 

2.  Many  of  their  compounds  are  colored,  as  shown  in  Figure  23.19  ▲.  (We  will 
discuss  the  origin  of  these  colors  in  Chapter  24.) 

3.  Transition  metals  and  their  compounds  exhibit  interesting  and  important 

magnetic  properties. 

Figure  23.20  T  summarizes  the  common  nonzero  oxidation  states  for  the 

first  transition  series.  The  oxidation  states  shown  as  large  circles  are  those  most 
frequently  encountered  either  in  solution  or  in  solid  compounds.  The  ones 

shown  as  small  circles  are  less  common.  Notice  that  Sc  occurs  only  in  the  +3  ox- 
idation state  and  Zn  occurs  only  in  the  -2  oxidation  state.  The  other  metals, 

however,  exhibit  a  variety  of  oxidation  states.  For  example,  Mn  is  commonly 

found  in  solution  in  the  +2  (Mn2+)  and  +7  (Mn04~)  oxidation  states.  In  the 
solid  state  the  +4  oxidation  state  (as  in  MnOi)  is  common.  The  +3,  +5,  and  +6 
oxidation  states  are  less  common. 

The  +2  oxidation  state,  which  commonly  occurs  for  nearly  all  of  these  met- 
als, is  due  to  the  loss  of  their  two  outer  4s  electrons.  This  oxidation  state  is 

found  for  all  these  elements  except  Sc,  where  the  3+  ion  with  an  [Ar]  configu- 
ration is  particularly  stable. 

Oxidation  states  above  +2  are  due  to  successive  losses  of  3d  elec- 

trons. From  Sc  through  Mn  the  maximum  oxidation  state  increases 

from  +3  to  +7,  equaling  in  each  case  the  total  number  of  4s  plus  3d 
electrons  in  the  atom.  Thus,  manganese  has  a  maximum  oxidation  state 

of  2  +  5  =  +7.  As  we  move  to  the  right  beyond  Mn  in  the  first  transi- 
tion series,  the  maximum  oxidation  state  decreases.  In  the  second  and 

third  transition  series  the  maximum  oxidation  state  is  +8,  which  is 

achieved  in  Ru04  and  OsO.4.  In  general,  the  maximum  oxidation  states 

are  found  only  when  the  metals  are  combined  with  the  most  elec- 
tronegative elements,  especially  O,  F,  and,  possibly,  CI. 
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(a)  (b)  (c) 

▲  Figure  23.21    Types  of  magnetic  behavior,  (a)  Diamagnetic:  no  centers  (atoms  or  ions)  with 
magnetic  moments,  (b)  Simple  paramagnetic:  centers  with  magnetic  moments  not  aligned  unless  the  substance 
is  in  a  magnetic  field,  (c)  Ferromagnetic:  coupled  centers  aligned  in  a  common  direction. 

Magnetism 

The  magnetic  properties  of  transition  metals  and  their  compounds  are  both  in- 
teresting and  important.  Measurements  of  magnetic  properties  provide  infor- 

mation about  chemical  bonding.  In  addition,  mam  important  uses  are  made  of 
magnetic  properties  in  modern  technology. 

An  electron  possesses  a  "spin"  that  gives  it  a  magnetic  moment,  causing  it  to 
behave  like  a  tinv  magnet.  Figure  23.21(a)  ▲  represents  a  dia- 

magnetic solid,  one  in  which  all  the  electrons  in  the  solid  are  paired.  When  a 
diamagnetic  substance  is  placed  in  a  magnetic  field,  the  motions  of  the  electrons 
cause  the  substance  to  be  very  weakly  repelled  bv  the  magnet. 

When  an  atom  or  ion  possesses  one  or  more  unpaired  electrons,  the  sub- 
stance is  paramagnetic.  In  a  paramagnetic  solid  the  unpaired 

electrons  on  the  atoms  or  ions  of  the  solid  are  not  influenced  by  the  electrons  on 
adjacent  atoms  or  ions.  The  magnetic  moments  on  the  individual  atoms  or  ions 

are  randomly  oriented,  as  shown  in  Figure  23.21(b).  When  placed  in  a  magnet- 
ic field,  however,  the  magnetic  moments  become  aligned  roughly  parallel  to 

one  another,  producing  a  net  attractive  interaction  with  the  magnet.  Thus,  a 
paramagnetic  substance  is  drawn  into  a  magnetic  field. 

You  are  probably  much  more  familiar  with  the  magnetic  behav  ior  of  simple 
iron  magnets  (Figure  23.22  ►),  a  much  stronger  form  of  magnetism  called 

ferromagnetism.  Ferromagnetism  arises  when  the  unpaired  electrons  of  the 
atoms  or  ions  in  a  solid  are  influenced  by  the  orientations  of  the  electrons  of  their 

neighbors.  The  most  stable  (lowest-energv)  arrangement  results  when  the  spins  of 
electrons  on  adjacent  atoms  or  ions  are  aligned  in  the  same  direction,  as  shown  in 

Figure  23.21(c).  When  a  ferromagnetic  solid  is  placed  in  a  magnetic  field,  the  elec- 
trons tend  to  align  strongly  along  the  magnetic  field.  The  attraction  for  the  mag- 
netic field  that  results  may  be  as  much  as  1  million  times  stronger  than  that  for  a 

simple  paramagnetic  substance.  When  the  external  magnetic  field  is  removed,  the 

interactions  between  the  electrons  cause  the  solid  as  a  whole  to  maintain  a  mag- 

netic moment.  We  then  refer  to  it  as  a  permanent  magnet.  The  most  common  ferro- 
magnetic solids  are  the  elements  Fe,  Co,  and  Ni.  Manv  alloys  exhibit  greater 

ferromagnetism  than  the  pure  metals  themselves  Some  metal  oxides  (lor  exam- 
ple, CrCK  and  Fe-iO.})  are  also  ferromagnetic.  Several  ferromagnetic  oxides  are 

used  in  magnetic  recording  tape  and  computer  disks. 

23.8  |  Chemistry  of  Selected  Transition  Metals  

Let's  now  briefly  consider  some  of  the  chemistry  of  three  common  elements 
from  the  first  transition  series:  chromium,  iron,  and  copper.  As  you  read  this 
material,  look  for  the  trends  that  illustrate  the  generalizations  outlined  earlier. 

▲  Figure  23.22   Permanent  magnets. 
Permanent  magnets  are  made  from 
ferromagnetic  materials 
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▲  Figure  23.23   Two  forms  of  the  Cr(lll) 
ion.  The  tube  on  the  left  contains  the  violet 

hydrated  chromium(lll)  ion,  Cr(H20)63 ". The  tube  on  the  right  contains  the  green 

[(H20)4Cr(OH)2Cr(H20)4]4,  ion. 

▲  Figure  23.24  Chromate  and 
dichromate  solutions.  Sodium  chromate, 
Na2Cr04  (left),  and  potassium  dichromate, 
K2Cr207  (right),  illustrate  the  difference  in  color 
of  the  chromate  and  dichromate  ions. 

MOVIES 
Electroplating,  Redox  Chemistry  of  Iron  and 
Copper 

Chromium 

Chromium  dissolves  slowly  in  dilute  hydrochloric  or  sulfuric  acid,  liberating 

hydrogen.  In  the  absence  of  air,  the  reaction  results  in  the  formation  of  a  sky- 
blue  solution  of  the  chromium(II)  or  chromous  ion: 

Cr(s)  +  2  H  '  (at])   >  Cr2' (aq)  +  2  H2(g)  [23.21] 
In  the  presence  of  air,  the  chromium(II)  ion  is  rapidly  oxidized  by  O2  to  form  the 

chromium(III)  ion.  The  reaction  produces  the  green  [(H^O^CrfOH^CrfF^O^)4' 

ion  (Figure  23.23  4).  In  a  strongly  acidic  solution,  this  ion  reacts  slowly  with  H  ' 
ions  to  form  the  violet  [Cr(H20)hp'  ion  (Figure  23.23),  which  is  often  represented 
simply  as  Cr  (aq).  The  overall  reaction  in  acid  solution  is  often  given  simply  as 
shown  in  Equation  23.22. 

4  Cr2+(<7(j)  +  02(g)  +  4  H  4  (m/)  »4  Cr3+(aq)  +  2  H20(/)  [23.22] 

Q    GIVE  IT  SOME  THOUGHT 

Would  you  expect  the  Cr3  ion  to  contain  any  unpaired  electrons? 

Chromium  is  frequently  encountered  in  aqueous  solution  in  the  +6  oxida- 

tion state.  In  basic  solution  the  yellow  chromate  ion  (CrC>42~)  is  the  most  stable. 
In  acidic  solution  the  dichromate  ion  (O2O7   )  is  formed: 

Cr042 "(at])  +  H+(aq)  HCrOA  (aq)  [23.23] 

2  HCrCV(</</)  Cr2072"(rt(j)  +  H:0(/)  [23.24] 
Equation  23.24  is  a  condensation  reaction  in  which  water  is  split  out  from  two 

HCrC>4~  ions.  Similar  reactions  occur  among  the  oxyanions  of  other  elements, 
such  as  phosphorus.  The  equilibrium  between  the  dichro- 

mate and  chromate  ions  is  readily  observable  because  CrC>4~~  is  bright  yellow 
and  C^Oy--  is  deep  orange,  as  seen  in  Figure  23.24  4.  The  dichromate  ion  in 
acidic  solution  is  a  strong  oxidizing  agent,  as  evidenced  by  its  large,  positive  re- 

duction potential.  Bv  contrast,  the  chromate  ion  in  basic  solution  is  not  a  partic- 
ularly strong  oxidizing  agent. 

Iron 

We  have  already  discussed  the  metallurgy  of  iron  in  considerable  detail  in 

Section  23.2.  Here  we  consider  some  of  its  important  aqueous  solution  chem- 
istry. Iron  exists  in  aqueous  solution  in  either  the  +2  (ferrous)  or  +3  (ferric)  ox- 

idation states.  It  often  appears  in  natural  waters  because  these  waters  come  into 

contact  with  deposits  of  FeC03  (Ksp  =  3.2  x  10~n).  Dissolved  CO:  in  the  water can  then  help  dissolve  the  mineral: 

FeC03(s)  +  C02(aq)  +  H20(/)   >  Fe2~(m/)  +  2  HCCV(m/)  [23.25] 

The  dissolved  Fe~+,  together  with  Ca2*  and  Mg2+,  contributes  to  water  hardness. 
(Section  18.6) 
The  standard  reduction  potentials  in  Appendix  E  reveal  much  about  the 

kind  of  chemical  behavior  we  should  expect  to  observe  for  iron.  The  potential 
for  reduction  from  the  +2  state  to  the  metal  is  negative;  however,  the  reduction 

from  the  +3  to  the  +2  state  is  positive.  Iron,  therefore,  should  react  with  nonox- 

idizing  acids  such  as  dilute  sulfuric  acid  or  acetic  acid  to  form  Fe~+(aq),  as  in- 
deed it  does.  In  the  presence  of  air,  however,  Fe~+(r?(/)  tends  to  be  oxidized  to 

Fe  1 '  (aq),  as  shown  by  the  positive  standard  emf  for  Equation  23.26: 

4  Fe2+(aq)  +  02(g)  +  4  H  *  (aq)  »  4  Fe'+(aq)  +  2  H20(/) E°  =  +0.46  V  [23.26] 
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Hi  SAMPLE  EXERCISE  23.3  |  Writing  Half-Reactions  for  an  Oxidation-Reduction 
Reaction 

Write  the  two  balanced  half-reactions  for  the  reaction  in  Equation  23.26. 
Solution 

Analyze:  We  are  asked  to  write  two  oxidation-reduction  ha  If- reactions  that  together 
make  up  a  given  oxidation-reduction  reaction. 
Plan:  We  need  to  separate  out  the  two  halt-reactions  that  make  up  the  given  bal- 

anced reaction.  We  can  best  start  by  noting  that  Fe  appears  in  the  I  2  and  •  3  states 
and  that  oxygen  appears  in  the  0  and  -2  oxidation  states. 
Solve:  We  note  that  iron  is  oxidized  from  the  4  2  to  +3  oxidation  state.  The  halt- 
reaction  for  this  process  is 

Fe;'(m/)   *  Fe3+(flq)  +  e 

Oxygen  in  acidic  medium  is  reduced: 

02(g)  +  4  H  "(m/)  +  4  e   ►  2  H20(/) 

h>  achieve  a  ha  lam  ed  equation,  we  need  four  Fe"  for  ea<  h  O  ["herefore,  all  we  need  to 
do  to  obtain  Equation  23.26  is  to  multiply  the  oxidation  half-reaction  through  by  4. 
Comment:  As  noted  in  the  text,  the  potential  for  the  oxidation  of  I  e'  ((?(/)  is  negativ  e, 
but  the  potential  for  the  reduction  of  02(g)  in  acidic  aqueous  solution  is  sufficiently 
positive  to  overcome  that,  leading  to  an  overall  positive  potential  for  the  reaction  of 
Equation  23.26. 

■  PRACTICE  EXERCISE 

Calculate  the  standard  potential  for  the  reaction  of  Equation  23.22. 
Answer:  1 .64  V 

You  may  have  seen  instances  in  which  water  dripping  from  a  faucet  or  other 
outlet  has  left  a  brown  stain.  The  brown  color  is  due  to  insoluble  iron(III)  oxide, 

formed  bv  oxidation  of  iron(II)  present  in  the  water: 

4  Fe2+((?(/)  +  8  HCCV(<"/)  +  02(g)  »  2  Fe203(s)  +  SC02ig)  +  4  H20(7) 
[23.27] 

When  iron  metal  reacts  with  an  oxidizing  acid  such  as  warm,  dilute  nitric 

acid,  Fe3+((?(/)  is  formed  directly: 

Fe(s)  +  NOf  (aq)  +  4  H  *((?,/)  *  Pe3+(aq)  4  NO(g)  4  2  H20(7)  [23.28] 
In  the  +3  oxidation  state  iron  is  soluble  in  acidic  solution  as  the  hydrated  ion, 
Fe^HiO)^.  However,  this  ion  hydroly/es  readily 

Fe(H20)63+(aq)         Fe(H20)-,(OH):'((7,/)  4-  H+(aq)  [23.29] 
When  an  acidic  solution  of  iron(III)  is  made  more  basic,  a  gelatinous  red-brown 
precipitate,  most  accurately  described  as  a  hydrous  oxide,  Fe^Ov//!  I2O,  is 
formed  (Figure  23.25  ►).  In  this  formulation  n  represents  an  indefinite  number 
of  water  molecules,  depending  on  the  precise  conditions  of  the  precipitation. 

Usually,  the  precipitate  that  forms  is  represented  merely  as  Fe(OI  O3.  I  he  solu- 

bility of  Fe(OHh  is  very  low  (Ksp  =  4  x  10-38).  It  dissolves  in  strongly  acidic solution  but  not  in  basic  solution.  The  fact  that  it  does  not  dissolv  e  in  basic  so- 
lution is  the  basis  of  the  Baver  process,  in  which  aluminum  is  separated  from 

impurities,  primarily  iron(III). 

Copper 

In  its  aqueous  solution  chemistry,  copper  exhibits  two  oxidation  states:   •  1 
(cuprous)  and  +2  (cupric).  In  the  +1  oxidation  state  copper  possesses  a  3d 
electron  configuration.  Salts  of  Cif  are  often  w  ater  insoluble  and  are  mostly 

white  in  color.  In  aqueous  solution  the  Cu*  ion  readilv  disproportionates: 

2CuV/)  >  Cu2 '(m/)  +  Cu(s)       K  =  1.2  <  106  [23.30] 

▲  Figure  23.25   Precipitation  of  Fe(OH),. 
Addition  of  NaOH  solution  to  an  aqueous  solution 
of  Fe5  causes  Fe(OH),  to  precipitate. 
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▲  Figure  23.26  Crystals  of  copper(ll) 
sulfate  pentahydrate,  CuSOy  5  H20. 

▲  Figure  23.27   Precipitation  of  Cu(OH)2. 
Addition  of  NaOH  solution  to  an  aqueous  solution 

of  Cu2*  causes  Cu(OH)2  to  precipitate. 

Because  of  this  reaction  and  because  copper(I)  is  readily  oxidized  to  copper(II) 
under  most  solution  conditions,  the  +2  oxidation  state  is  by  far  the  more  common. 

Many  salts  of  Cu  ,  including  Cu(N03)2,  CuS04,  and  CuCl2,  are  water  sol- 

uble. Copper  sulfate  pentahydrate  (CuS04-5  H2Q),  a  widely  used  salt,  has  four 

water  molecules  bound  to  the  copper  ion  and  a  fifth  held  to  the  S042  ion  by 
hydrogen  bonding.  The  salt  is  blue  and  is  often  called  blue  vitriol 

(Figure  23. 2d  <).  Aqueous  solutions  of  Cir  ,  in  which  the  copper  ion  is  coordi- 
nated by  water  molecules,  are  also  blue.  Among  the  insoluble  compounds  of 

copper(II)  is  Cu(OH)2,  w  hich  is  formed  when  NaOH  is  added  to  an  aqueous 

Cu~+  solution  (Figure  23.27  -4).  This  blue  compound  readily  loses  water  on 
heating  to  form  black  copper(II)  oxide: 

Cu(OH)2(s)   ►  CuO(s)  +  H20(/)  [23.31] 

CuS  is  one  of  the  least  soluble  copper(II)  compounds  (K,p  =  d.3  x  10-36).  This 
black  substance  does  not  dissolv  e  in  NaOH,  NH3,  or  nonoxidizing  acids  such  as 
HC1.  It  does  dissolve  in  HNO3,  however,  which  oxidizes  the  sulfide  to  sulfur: 

3CuS(s)  +  8H+(aq)  +  2N03~(aq)   » 

3  Cu2+(aq)  +  3  S(s)  -  2  NO(g)  +  4  H20(/)  [23.32] 

C11SO4  is  often  added  to  water  to  stop  algae  or  fungal  growth,  and  other 

copper  preparations  are  used  to  sprav  or  dust  plants  to  protect  them  from 
lower  organisms  and  insects.  Copper  compounds  are  not  generally  toxic  to 
human  beings,  except  in  massive  quantities.  Our  daily  diet  normallv  includes 
from  2  to  5  mg  of  copper. 

■H  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

The  most  important  commercial  ore  of  chromium  is  chromite  (FeCr204).  (a)  What  is 
the  most  reasonable  assignment  of  oxidation  states  to  Fe  and  Cr  in  this  ore? 
(b)  Chromite  can  be  reduced  in  an  electric  arc  furnace  (which  provides  the  required 
heat)  using  coke  (carbon).  Write  a  balanced  chemical  equation  for  this  reduction, 
which  forms  ferrochrome  (FeCr2).  (c)  Two  of  the  major  forms  of  chromium  in  the 

+6  oxidation  state  are  Cr04~~  and  Cr207~  .  Draw  Lewis  structures  for  these 
species.  [Hint:  You  may  find  it  helpful  to  consider  the  Lewis  structures  of  non- 
metallic  anions  of  the  same  formula.]  (d)  Chromium  metal  is  used  in  alloys  (for  ex- 

ample, stainless  steel)  and  in  electroplating,  but  chromium  is  not  widely  used  bv 
itself,  in  part  because  it  is  not  ductile  at  ordinary  temperatures.  From  what  we  have 
learned  in  this  chapter  about  metallic  bonding  and  properties,  suggest  why  chromi- 

um is  less  ductile  than  most  metals. 

Solution  (a)  Because  each  oxygen  has  an  oxidation  number  of  -2,  the  four  oxygens 
represent  a  total  of  -8.  If  the  metals  have  whole-number  oxidation  numbers,  our 
choices  are  Fe  =  +4  and  Cr  =  +2,  or  Fe  =  +2  and  Cr  =  +3.  The  latter  choice  seems 
the  more  reasonable  because  a  +4  oxidation  number  for  iron  is  unusual.  (Although 
one  alternative  would  be  that  Fe  is  +3  and  the  two  Cr  have  different  oxidation  states 

of  +2  and  +3,  the  properties  of  chromite  indicate  that  the  two  Cr  have  the  same  oxi- 
dation number.) 

(b)  The  balanced  equation  is 

2  C(s)  +  FeCr204(s)   >  FeCr2(s)  +  2  C02(g) 

(c)  We  expect  that  in  Cr042",  the  Cr  will  be  surrounded  tetrahedrally  by  four 
oxygens.  The  electron  configuration  of  the  Cr  atom  is  [Ar]3d  4s  ,  giving  it  six  elec- 

trons that  can  be  used  in  bonding,  much  like  the  S  atom  in  S04~~.  These  six  electrons must  be  shared  with  four  O  atoms,  each  of  which  has  six  valence-shell  electrons.  In 
addition,  the  ion  has  a  2-  charge.  Thus,  we  have  a  total  of  6  +  4(6)  +  2  =  32  valence 
electrons  to  place  in  the  Lewis  structure.  Putting  one  electron  pair  in  each  Cr  —  O 
bond  and  adding  unshared  electron  pairs  to  the  oxygens,  we  require  precisely  32 
electrons  to  achiev  e  an  octet  around  each  atom: 
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In  Qx^Dy    the  structure  is  analogous  to  that  of  the  diphosphate  ion  (P2O7  ), 
which  we  discussed  in  Section  22.8.  Wc  can  think  of 
condensation  reaction  as  shown  in  Equation  2124. 

ie  Cr->0-~   ion  as  formed  by  a 

:(  ):         :(  ): 

:Q— Cr— O— C  r—  O: 
:Q:  :0: 

(d)  Recall  that  chromium,  with  six  electrons  available  tor  bonding,  has  relatively 
strong  metallic  bonding  among  the  metals  ol  the  transition  series,  js  evidenced  by  its 
high  melting  point  (Table  23.2).  This  means  that  distortions  ol  the  metallic  lattice  of 
the  sort  that  occur  when  metals  are  drawn  into  wires  will  require  more  energ)  than 
for  other  metals  with  weaker  metallic  bonding. 

SUMMARY  AND  KEY  TERMS 

Section  23.1  The  metallic  elements  are  extracted  from 

the  lithosphere,  the  uppermost  solid  portion  of  our  plan- 
et. Metallic  elements  occur  in  nature  in  minerals,  which 

are  solid  inorganic  substances  found  in  various  deposits, 

or  ores.  The  desired  components  of  an  ore  must  be  sepa- 
rated from  the  undesired  components,  called  gangue. 

Metallurgy  is  concerned  with  obtaining  metals  from 
these  sources  and  with  understanding  and  modifying  the 
properties  of  metals. 

Section  23.2  Pyrometallurgy  is  the  use  of  heat  to  bring 
about  chemical  reactions  that  convert  an  ore  from  one 

chemical  form  to  another.  In  calcination  an  ore  is  heated 

to  drive  off  a  volatile  substance,  as  in  heating  a  carbonate 
ore  to  drive  off  CO:  'n  roasting,  the  ore  is  heated  under 

conditions  that  bring  about  reaction  with  the  furnace  at- 
mosphere. For  example,  sulfide  ores  might  be  heated  to 

oxidize  sulfur  to  SOt-  In  a  smelting  operation  two  or 
more  layers  of  mutually  insoluble  materials  form  in  the 
furnace.  One  layer  consists  of  molten  metal,  and  the  other 

layer  (slag)  is  composed  of  molten  silicate  minerals  and 
other  ionic  materials  such  as  phosphates. 

Iron,  the  most  extensively  used  metal  in  modern  soci- 
ety, is  obtained  from  its  oxide  ores  by  reduction  in  a  blast 

furnace.  The  reducing  agent  is  carbon,  in  the  form  ol 

coke.  Limestone  (CaCCh)  is  added  to  react  with  the  sili- 
cates present  in  the  crude  ore  to  form  slag.  The  raw  iron 

from  the  blast  furnace,  called  pig  iron,  is  usually  taken  di- 
rectly to  a  converter,  where  refining  takes  place  to  form 

various  kinds  of  steel.  In  the  converter  the  molten  iron  re- 
acts with  pure  oxygen  to  oxidize  impurity  elements. 

Section  23.3  Hydrometallurgy  is  the  use  of  chemical 

processes  occurring  in  aqueous  solution  to  separate  a  min- 
eral from  its  ore  or  one  particular  element  from  others. 

In  leaching,  an  ore  is  treated  with  an  aqueous  reagent  to 

dissolve  one  component  selectively.  In  the  Bayer  process 

aluminum  is  selectively  dissolved  from  bauxite  by  treat- 
ment with  concentrated  NaOIT  solution. 

Section  23.4  Electrometallurgy  is  the  use  of  electrolyt- 

ic methods  to  prepare  or  purify  a  metallic  element.  Sodi- 
um is  prepared  by  electrolysis  of  molten  NaCl  in  a 

Downs  cell.  Aluminum  is  obtained  111  the  Hall  process 

by  electrolysis  of  AbO-j  in  molten  cryolite  (Na^AlFf,). 

Copper  is  purified  by  electrolysis  of  aqueous  copper  sul- 
fate solution  using  anodes  composed  of  impure  copper. 

Section  23.5  The  properties  of  metals  can  be  account- 

ed for  in  a  qualitative  way  by  the  electron-sea  model,  in 
which  the  electrons  are  visualized  as  being  free  to  move 

throughout  the  metal  structure.  In  the  molecular-orbital 
model  the  valence  atomic  orbitals  ol  the  metal  atoms  in- 

teract to  form  an  energy  band  that  is  incompletely  tilled 

by  valence  electrons.  I  he  orbitals  that  constitute  the  en- 
ergy band  are  delocalized  over  the  atoms  of  the  metal, 

and  their  energies  are  closely  spaced.  Because  the  energy 
differences  between  orbitals  in  the  band  are  so  small, 

promoting  electrons  to  higher-energy  orbitals  requires 
very  little  energy.  Ibis  gives  rise  to  high  electrical  and 
thermal  conductivity,  as  well  as  other  characteristic 

metallic  properties. 

Section  23.6  Alloys  are  materials  that  possess  charac  ter- 
istic  metallic  properties  and  are  composed  of  more  than 
one  element.  Usually,  one  or  more  metallic  elements  are 

major  components.  Solution  alloys  are  homogeneous  al- 
loys in  which  the  components  are  distributed  uniformly 

throughout.  In  heterogeneous  alloys  the  components  are 
not  distributed  uniformly;  instead,  two  or  more  distinct 

phases   with   characteristic   compositions   are  present. 
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Intermetallic  compounds  are  homogeneous  alloys  that 
have  definite  properties  and  compositions. 

Sections  23.7  and  23.8  Transition  metals  are  character- 

ized hy  incomplete  filling  of  the  </  orbitals.  The  presence  of 

d  electrons  in  transition  elements  leads  to  multiple  oxida- 
tion states.  As  we  proceed  through  a  given  series  of  transi- 
tion metals,  the  effective  nuclear  charge  for  the  valence 

electrons  increases  slowly.  As  a  result,  the  later  transition 
elements  in  a  given  row  tend  to  adopt  lower  oxidation 
states  and  have  sjightlv  smaller  ionic  radii.  Although  the 
atomic  and  ionic  radii  increase  in  the  second  series  as 

compared  to  the  first,  the  elements  of  the  second  and  third 

series  are  similar  with  respect  to  these  and  other  proper- 
ties. This  similarity  is  due  to  the  lanthanide  contraction. 

Lanthanide  elements,  atomic  numbers  57  through  70, 

display  an  increase  in  effective  nuclear  charge  that  com- 
pensates for  the  increase  in  principal  quantum  number  in 

the  third  series. 

The  presence  of  unpaired  electrons  in  valence  or- 
bitals leads  to  interesting  magnetic  behavior  in  transition 

metals  and  their  compounds.  In  ferromagnetic  sub- 
stances the  unpaired  electron  spins  on  atoms  in  a  solid 

are  affected  by  those  on  neighboring  atoms.  In  a  magnet- 
ic field  the  spins  become  aligned  along  the  direction  of 

the  magnetic  field.  When  the  magnetic  field  is  removed, 

this  orientation  remains,  giving  the  solid  a  magnetic  mo- 
ment as  observed  in  permanent  magnets. 

In  this  chapter  we  also  briefly  considered  some  chem- 
istry of  three  of  the  common  transition  metals:  chromium, 

iron,  and  copper. 

VISUALIZING  CONCEPTS 

23.1  Which  of  the  following  pairs  of  substances  do  you  think  are 
most  likely  to  be  found  together  in  nature?  Explain  your 
choices,  (a)  A1203,  Cu2S;  (b)CaS,  HgS;  (c)  A1203,  Fe203; 
(d)  NaCl,  AgCl;  (e)  Ti02,  K02.  [Section  23.1  ] 

23.2  This  diagram  shows  the  approximate  enthalpy  change 
in  the  roasting  of  ZnS.  Does  the  roasting  reaction  cause 

an  increase  or  a  decrease  in  the  temperature  of  the  roast- 
ing oven?  Explain.  In  light  of  your  answer,  is  it  neces- 

sary to  heat  the  ore  to  produce  roasting7  [Section  23.2] 

2  ZnS(s)  +  3  02(g) 

590  kj 

■  2  ZnO(s)  +  S02(g) 

23.3  Magnesium  is  produced  commercially  by  electrolysis  of 
molten  magnesium  chloride,  (a)  Sketch  a  cell  in  which 
such  an  electrolysis  could  be  carried  out.  (b)  Write  the 
overall  cell  reaction  and  individual  half-reactions, 

(c)  What  precautions  would  need  to  be  taken  with  re- 
spect to  the  magnesium  formed?  [Section  23.4] 

23.4  Provide   a   brief  explanation   for  each  observation: 
(a)  Chromium  is  a  much  harder  metal  than  cadmium. 

(b)  The  standard  enthalpy  of  formation  of  the  gaseous 

element  varies  among  some  third-row  metals  as  shown 
in  the  figure.  [Section  23.5] 

K 

Ca 

V 

23.5  Explain  why  the  most  common  solid-state  structure  for 
metals  is  one  of  the  close-packed  forms,  such  as  the  one 
shown  here.  [Section  23.5] 
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23.6  T  his  chart  shows  the  variation  in  an  important  property 
of  the  metals  from  K  through  Ge.  Is  the  property  atomic 

radius,  electronegativity,  or  first  ionization  energy?  I  x- 
plain  your  choice.  [Section  23.7] 

V IVIn 
Fe 

Co Ni Cu Zn Ga Ge 

i \  \ 

\~
 

\       \  \ 

23.7  (a)  Except  for  scandium,  chromium  is  the  only  element  in 

Figure  23.20  for  which  the  f  3  oxidation  state  is  more  sta- 

ble in  general  than  the  •  2.  Explain  w  in  the  I  3  oxidation 
state  is  most  characteristic  of  scandium,  (b)  What  do  you 
predict  for  the  magnetic  states  of  Cr  in  CrCy  and  Mn  in 

MnC\i  1  (c)  By  analogy  with  inorganic  ions  ot  the  same 
formula  type,  predict  the  geometrical  structures  ot  these 
two  anions.  [Section  23.7] 

23.8  Based  on  the  information  of  Figure  23.20,  w  rite  a  bal- 
anced chemical  equation  for  the  reaction  you  would 

expect  between  nickel  and  (a)  HiSQjfrti/),  (b)  Br2(rt(/). 

[Sec  tion  23.7] 

EXERCISES 

Metallurgy 

23.9  Two  of  the  most  heavily  utilized  metals  are  aluminum 
and  iron.  What  are  the  most  important  natural  sources 
of  these  elements1  In  what  oxidation  state  is  each  metal 
found  in  nature? 

23.10  (a)  Pyrolusite  (Mn(  )2) 's  il  commercially  important  min- 
eral of  manganese.  What  is  the  oxidation  state  of  Mn  in 

this  metal?  (b)  Name  some  reagents  that  might  be  used 
to  reduce  this  ore  to  the"  metal. 

23.11  Explain  in  your  ow  n  words  what  is  meant  by  the  state- 
ment, "This  ore  consists  of  a  small  concentration  ot  chal- 

copvrite,  together  with  considerable  gangue." 
23.12  What  is  meant  by  the  follow  ing  terms:  (a)  calcination, 

(b)  leaching,  (c)  smelting,  (d)  slag1 
23.13  Complete  and  balance  each  of  the  following  equations: 

(a)  Cr203(s)  +  Na(/)  

(b)  PbC03(s)  -^-» 

(c)  CdS(s)  t  02(g)  ±> 

(d)  ZnO(s)  +  CO(g)  -^-» 
23.14  Complete  and  balance  each  equation: 

(a)  PbS(s)  +  02(#)  -^-» 

(b)  CoC03(s) 

(c)  WOj(s)  +  Hz(g) 

(d)  VCl3(ff)  +  K(/)   > 
(e)  BaO(s)  +  P20-,(/)   ► 

23.15  A  sample  containing  PbS04  is  to  be  refined  to  Pb  metal 
via  calcination,  followed  by  roasting,  (a)  What  volatile 
product  would  vou  expect  to  be  produced  by  calcina- 

tion? (b)  Propose  an  appropriate  atmosphere  to  accom- 

pany the  roasting,  (c)  Write  balanced  chemical  equa- 
tions for  the  two  steps. 

23.16  Suppose'  a  metallurgist  wanted  to  list'  cobalt(II)  carbon- 
ate as  a  source  of  cobalt  metal,  (a)  What  products  would 

you  expect  from  calcination  of  this  substance1  (b)  With 
what  reagent  could  you  react  the  product  ol  the  calcina- 

tion in  a  roasting  operation  to  form  Co  metal?  (c)  Write 
balanced  chemical  equations  for  the  processes  discussed 
m  parts  (a )  and  (b). 

23.17  What  is  the  major  reducing  agent  in  the  reduction  of 
iron  ore  in  a  blast  furnace?  Write  a  balanced  chemical 

equation  for  the  reduction  process. 
23.18  Write  balanced  chemical  equations  for  the  reduction  ol 

FeO  and  Fe203  by  1 12  and  by  CO. 
23.19  What  role  does  each  ol  the  following  materials  pla\  in 

the  chemical  processes  that  occur  in  a  blast  furnace: 
(a)  air,  (b)  limestone,  (c)  mke,  (d)  water?  Write  balanced 

chemical  equations  to  illustrate'  your  answers. 
23.20  (a)  In  the  bask  oxygen  process  for  steel  formation,  what 

reactions  cause  the  temperature  in  the  converter  to  in- 
crease? (b)  Write  balanced  chemical  equations  for  the 

oxidation  of  carbon,  sulfur,  and  silicon  in  the  converter. 

23.21  Describe  how  electrometallurgy  could  be  employed  to 
purify  crude  cobalt  metal.  Desc  ribe  the  compositions  ot 
the  electrodes  and  electrolyte,  and  write  out  all  elec- 

trode rea(  tions. 

23.22  The  element  tin  is  generally  recovered  from  deposits  ot 
the  ore  cassiterite  (Sn02).  I  he  oxide  is  reduced  with  car- 

bon, and  the  crude  metal  is  purified  by  electrolysis. 
Write  balanced  chemical  equations  for  the  reduction 
process  and  for  the  electrode  reactions  in  the  electroly- 

sis. (Assume  that  an  acidic  solution  of  SnSO^  is  em- 
ployed as  an  ele<  trolyte  in  the  electrolysis.) 

Metals  and  Alloys 

23.23  Sodium  is  a  highly  malleable  substance,  whereas  sodi- 
um chloride  is  not.  Explain  this  difference  in  properties 

23.24  Silicon  has  the  same  crystal  structure  as  diamond  (Figure 
1 1 .41 ).  Based  on  this  fact,  do  you  think  silicon  is  likely  to 

exhibit  metallic  properties1  Explain  your  answer. 
23.25  Explain  how  the  electron-sea  model  accounts  for  the 

high  electrical  and  thermal  conductivity  of  metals. 

23.26  (a)  Compare  the  electronic  structures  ol  atomic  c  hromi- 
um and  atomic  selenium.  In  what  respec  Is  are  the\  sim- 
ilar, and  in  what  respec  ts  do  the)  differ?  (b)  c  hromium 

is  ,i  metal,  and  selenium  is  a  nonmetal.  What  factors  are 

important  in  determining  this  difference  in  properties? 
23.27  I  he  densities  ol  (he  elements  k,  C  a,  Sc ,  and  li  are  0.86,  1.5, 

3.2,  and  4.3  g  cm  ,  respectively  What  factors  are  likely  to 
be  of  major  important  e  in  determining  this  \  ariation? 
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23.28  Explain  this  trend  in  melting  points:  Y  1522°C  Zr 
1852°C,  Nb  2468  C,  Mo  2617°C. 

23.29  Which  would  you  expect  to  be  the  more  ductile  cle- 
ment, (a)  K  or  Cr,  (b)  Zn  or  Si?  In  each  case  explain 

your  reasoning. 
23.30  According  to  band  theory  how  do  insulators  differ 

from  conductors?  How  do  semiconductors  differ  from 
conductors? 

23.31  Tin  exists  in  two  allotropic  forms:  Gray  tin  has  a  dia- 
mond structure,  and  white  tin  has  a  close-packed  struc- 

ture. Which  of  these  allotropic  forms  would  you  expe<  t 

to  be  more  metallic  in  character1  Explain  why  the  elec- 

trical conductivity  of  white  tin  is  much  greater  than  that 
of  gray  tin.  Which  form  would  you  expect  to  have  the 
longer  Sn  —  Sn  bond  distance? 

|23.32|  I  he  electrical  conductivity  of  titanium  is  approximately 
2500  times  greater  than  that  of  silicon.  Titanium  has  a 
hexagonal  close-packed  structure,  silicon  has  the  dia- 

mond structure.  Explain  how  the  structures  relate  to  the 
relative  electrical  conductivities  of  the  elements. 

23.33  Define  the  term  allot/.  Distinguish  among  solution  alloys, 
heterogeneous  alloys,  and  intermetallic  compounds. 

23.34  Distinguish  between  substitutional  and  interstitial  alloys. 
What  conditions  favor  formation  of  substitutional  alloys? 

Transition  Metals 

23.35  Which  of  the  following  properties  are  better  considered 
characteristic  of  the  free  isolated  atoms,  and  which 
are  characteristic  of  the  bulk  metal:  (a)  electrical  conductiv- 

ity, (b)  first  ionization  energy,  (c)  atomic  radius,  (d)  melting 
point,  (e)  heat  of  vaporization,  (f)  electron  affinity? 

23.36  Which  of  the  following  species  would  you  expect  to  pos- 
sess metallic  properties:  (a)  TiCLj,  (b)  NiCo  alloy  (c)  W, 

(d)  Ge,  (e)  Hg2~~?  Explain  in  each  case. 
23.37  Zirconium  and  hafnium  are  the  group  4B  elements  in 

the  second  and  third  transition  series.  The  atomic  radii 

of  these  elements  are  v  irtually  the  same  (Figure  23. IS). 
Explain  this  similarity  in  atomic  radius. 

23.38  What  is  meant  by  the  term  lanthanide  contraction7 
What  properties  of  the  transition  elements  are  affected 
by  the  lanthanide  contraction? 

23.39  Write  the  formula  for  the  fluoride  corresponding  to  the 
highest  expected  oxidation  state  for  (a)  Sc,  (b)  Co, 
(c)  Zn,  (d)  Mo. 

23.40  Write  the  formula  for  the  oxide  corresponding  to  the 
highest  expected  oxidation  state  for  (a)  Cd,  (b)  Ti, 
(c)  Nb,  (d)  Ni. 

23.41  Why  does  chromium  exhibit  several  oxidation  states  in 

its  compounds,  whereas  aluminum  exhibits  only  the  +3 

oxidation  state1 
23.42  The  element  vanadium  exhibits  multiple  oxidation 

states  in  its  compounds,  including  +2.  The  compound 
VCE  is  known,  whereas  ScCE  is  unknown.  Use  electron 
configurations  and  effective  nuclear  charges  to  account 
for  this  difference  in  behav  ior. 

23.43  Write  the  expected  electron  configuration  for  (a)CC, 

(b)  Au'  ,  (c)  Rir  ,  (d)  Cif,  (e)  Mn4',  (f)  lr\ 
23.44  What  is  the  expected  electron  configuration  for  (a)  Ti2", 

(b)  Co3+,(c)  I'd2  ,  (d)  Mo3+,(e)  Ru3+,  (f)  Ni4'? 
23.45  Which  would  you  expect  to  be  more  easily  oxidized, 

Ti2  or  Ni2'? 23.46  Which  would  you  expect  to  be  the  stronger  reducing 

agent,  Cr-*  or  Fe  ? 
23.47  How  does  the  presence  of  air  affect  the  relativ  e  stabili- 

ties of  ferrous  and  ferric  ions  in  solution7 
23.48  (a)  Give  the  chemical  formulas  and  colors  of  the  chro- 

mate  and  dichromate  ions,  (b)  Which  of  these  ions  is 
more  stable  in  acidic  solution?  (c)  What  type  of  reaction 
is  involved  in  their  interconversion  in  solution? 

23.49  Write  balanced  chemical  equations  for  the  reaction  be- 
tween iron  and  (a)  hydrochloric  acid,  (b)  nitric  acid. 

23.50  MnQ2  reacts  with  aqueous  HC1  to  yield  MnC\2{aq)  and 
chlorine  gas.  (a)  Write  a  balanced  chemical  equation  for 
the  reaction,  (b)  Is  this  an  oxidation-reduction  reaction? 
If  ves,  identify  the  oxidizing  and  reducing  agents. 

23.51  On  the  atomic  lev  el,  what  distinguishes  a  paramagnetic 

material  from  a  diamagnetic  one?  How  does  each  be- 
have  in  a  magnetic  field? 

23.52  (a)  What  characteristics  of  a  ferromagnetic  material  dis- 
tinguish it  from  one  that  is  paramagnetic?  (b)  What  type 

of  interaction  must  occur  in  the  solid  to  bring  about  fer- 

romagnetic behavior1  (c)  Must  a  substance  contain  iron 
to  be  ferromagnetic?  Explain. 

Additional  Exercises 

23.53  Write  a  chemical  equation  for  the  reaction  that  occurs 
when  PbS  is  roasted  in  air.  Why  might  a  sulfuric  acid 
plant  be  located  near  a  plant  that  roasts  sulfide  ores? 

23.54  Explain  why  aluminum,  magnesium,  and  sodium  met- 
als are  obtained  by  electrolysis  instead  of  by  reduction 

with  chemical  reducing  agents. 

23.55  Make  a  list  of  the  chemical  reducing  agents  employed  in 
the  production  of  metals,  as  described  in  this  chapter. 
For  each  ot  them,  identify  a  metal  that  can  be  formed 
using  that  reducing  agent. 

23.56  Write  balanced  chemical  equations  for  each  of  the  fol- 
lowing verbal  descriptions:  (a)  Vanadium  oxytrichlo- 

ride  (VOCE,)  is  formed  by  the  reaction  of  vanadium(III) 
chloride  with  oxygen,  (b)  Niobium(V)  oxide  is  reduced 

to  the  metal  with  hydrogen  gas.  (c)  lron(lll)  ion  in  aque- 
ous solution  is  reduced  to  iron(II)  ion  in  the  presence  of 

zinc  dust,  (d)  Niobium(V)  chloride  reacts  with  water  to 

yield  crystals  of  niobic  acid  (HNb03). 
23.57  Write  a  balanced  chemical  equation  to  correspond  to 

each  of  the  following  verbal  descriptions:  (a)  NiO(s)  can 

be  solubilized  by  leaching  with  aqueous  sulfuric  acid. 
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(b)  After  concentration,  an  ore  containing  the  mineral 
carrollite  (C11C02S4)  is  leached  with  aqueous  sulfuric 
acid  to  produce  a  solution  containing  copper  ions  and 
cobalt  ions,  (c)  Titanium  dioxide  is  treated  with  chlorine 

in  the  presence  of  carbon  as  a  reducing  agent  to  form 
TiCI4.  (d)  Under  oxygen  pressure  ZnS(s)  reacts  at  150  C 
with  aqueous  sulfuric  acid  to  form  soluble  zinc  sulfate, 
with  deposition  of  elemental  sulfur. 

23.58  The  crude  copper  that  is  subjected  to  electrorefining 
1  ontains  selenium  and  tellurium  as  impurities.  Describe 

the  probable  fate  of  these  elements  during  electrorefin- 
ing, and  relate  your  answer  to  the  positions  of  these  ele- 

ments in  the  periodic  table. 

23.59  Why  is  the  -I  2  oxidation  state  common  among  the  tran- 
sition metals?  Why  do  so  many  transition  metals  exhibit 

a  variety  of  oxidation  states? 
123.601  Write  balanced  chemical  equations  that  correspond  to 

the  steps  in  the  following  brief  account  of  the  metallurgy 
of  molybdenum:  Molybdenum  occurs  primarily  as  the 
sulfide,  MoSt.  On  boiling  with  concentrated  nitric  acid, 
a  white  residue  of  M0O3  is  obtained.  This  is  an  acidic 
oxide;  when  it  is  dissolved  in  hot,  excess  concentrated 

ammonia,  ammonium  molybdate  crystallizes  on  cool- 
ing. On  heating  ammonium  molybdate,  white  M0O3  is 

obtained.  On  further  heating  to  12()0°C  in  hydrogen,  a 
gray  powder  of  metallic  molybdenum  is  obtained. 

23.61  Osmium  forms  the  very  toxic  compound  osmium 
tetroxide,  Os04/  which  boils  at  130  C.  (a)  What  do  you 
predict  for  the  structure  of  this  compound?  (b)  Iron,  in 
the  same  group  of  the  periodic  table  as  Os,  does  not 
form  a  tetroxide.  Suggest  at  least  one  reason  why  such  a 
compound  would  be  unlikely. 

23.62  Pure  antimony  is  a  very  poor  conductor  of  electricity. 

Niobium,  which  also  possesses  five  valence-shell  elec- 
trons, is  a  metallic  conductor.  Explain  the  difference. 

123.631  Introduction  of  carbon  into  a  metallic  lattice  generally 
results  in  a  harder,  less  ductile  substance  w  ith  lower 

electrical  and  thermal  conductivities.  Explain  why  this 
might  be  so. 

23.64  The  thermodynamic  stabilities  of  the  three  complexes 

Zn(H20)42\  Zn(NH^)42',  and  Zn(CN)42   increase  from 

the  1 l20  to  the  Nhh  to  the  CN  complex.  1  low  do  you 
expect  the  reduction  potentials  of  these  three  complexes 

to  compare1 23.65  Indicate  whether  each  ot  the"  following  compounds 
is  expected  to  be  diamagnetic  or  paramagnetic,  and  gi\  e 
a  reason  tor  your  answer  in  each  case:  (a)  X'bCU, 
(b)  CrCI2,  (c)  CuC  I,  (d)  KuO,,  (e)  NiCl2. 

|23. 66|  .Associated  with  every  ferromagnetic  solid  is  a  tempera- 
ture known  as  its  Curie  temperature.  When  heated 

abo\  e  its  c  une  temperature,  the  substance  no  longer  ex- 
hibits ferromagnetism,  but  rather  becomes  paramagnet- 

ic. Use  the  kinetic-molecular  theory  of  solids  to  explain 
this  observation. 

23.67  Write  balanced  chemical  equations  tor  each  ot  the  fol- 
lowing reactions  characteristic  of  elemental  manganese: 

(a)  It  reacts  with  aqueous  UNO;  to  form  a  solution  of 

manganese(II)  nitrate,  (b)  W  hen  solid  manganese(II)  ni- 
trate is  heated  to  45(1  K,  it  decomposes  to  MnO->. 

(c)  When  MnOj  is  heated  to  700  k,  it  decomposes  to 
Mn-jO.,.  (d)  When  solid  MnCb  is  reacted  with  F2(#),  it 
forms  Mnl;;  (one  of  the  products  is  CIF3). 

23.68  Predict  w  hat  happens  in  the  following  cases:  (a)  Freshly 
precipitated  Fe(OH)2  is  exposed  to  air.  (b)  KOH  is 
added  to  an  aqueous  solution  ot  copper(ll)  nitrate. 
(c)  Sodium  hydroxide  is  added  to  an  aqueous  solution 

of  potassium  dii  Inornate. 
|23.69|  Based  on  the  chemistry  described  in  this  chapter  and 

others,  propose  balanced  chemical  equations  for  the  fol- 
lowing sequence  of  reactions  involving  nickel:  (a) The 

ore  millerite,  which  contains  NiS,  is  roasted  in  an  atmos- 

phere ot  oxygen  to  produce  an  oxide  (b)  I  he  oxide  is  re- 
duced to  the  metal,  using  coke,  (c)  Dissolving  the  metal 

m    hydrochloric   acid    produces   a   green  solution. 
(d)  Adding  excess  sodium  hydroxide  to  the  solution 
causes  a   gelatinous   green    material    to  precipitate. 

(e)  Upon  heating,  the  green  material  loses  water  and 
yields  a  green  powder. 

[23.7()|  Indicate  whether  each  of  the  following  solids  is  likely  to 
be  an  insulator,  .1  metallic  conductor,  or  a  semiconduc- 

tor: (a)  I  i02,  (b)  ( .e,  (c)  I  u  ,AI,  (d)  I'd,  (e)  Si(  ,  (f)  Bi. 

Integrative  Exercises 

23.71  (a)  A  charge  of  3.3  /  10h  kg  of  material  containing  27",, 
Cu2S  and  13%  FeS  is  added  to  a  converter  and  oxidized. 
What  mass  of  S02(g)  is  formed?  (b)  What  is  the  molar 
ratio  of  Cu  to  Fe  in  the  resulting  mixture  of  oxides? 
(c)  What  are  the  likely  formulas  of  the  oxides  formed  in 
the  oxidation  reactions,  assuming  an  excess  of  oxygen? 
(d)  Write  balanced  equations  representing  each  of  the 
oxidation  reactions. 

23.72  Using  the  concepts  discussed  in  Chapter  13,  indicate 
why  the  molten  metal  and  slag  phases  formed  in  the 
blast  furnace  shown  in  Figure  23.4  are  immiscible. 

23.73  In  an  electrolytic  process  nickel  sulfide  is  oxidized  in  a 
two-step  reaction: 

Ni3S2(s)   '  Nr '(,/,/)  I  2NiS(s)  1  2e 

NiS(s)   ►  Nr  '(<'</)  +  S(s)  t  2e 

What  mass  of  Ni2'  is  produced  in  solution  by  passing  a 
current  of  67  A  for  a  period  of  110  hr,  assuming  the  cell 

is  90%  efficient7 
123.741  (a)  Using  the  data  in  Appendix  C,  estimate  the  tree- 

energy  change  for  the  following  reaction  at  1200  C  : 

Si(s)  f  2  MnO(s)   >  Si()2(s)  +  2  Mn(s) 

(b)  What  does  this  value  tell  you  about  the  feasibility  ol 
carrying  out  this  reaction  at  1200  C? 
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[23.751  (a)  In  the  converter  employed  in  steel  formation  (Figure 
23.6),  oxygen  gas  is  blown  at  high  temperature  directly 
into  a  container  of  molten  iron.  Iron  is  converted  to  rust 

on  exposure  to  air  at  room  temperature,  but  the  iron  is 
not  extensively  oxidized  in  the  converter.  Explain  why 
this  is  so.  (b)  The  oxygen  introduced  into  the  converter 
reacts  with  various  impurities,  particularly  with  carbon, 
phosphorus,  sulfur,  silicon,  and  impurity  metals.  What 
are  the  products  of  these  reactions,  and  where  do  they 
end  up  in  the  process? 

23.76  Copper(I)  is  an  uncommon  oxidation  state  in  aqueous 

acidic  solution  because  Cu  '(</(/)  disproportionate^  into 
Cu""  and  Cu.  Use  data  from  Appendix  E  to  calculate  the 
equilibrium  constant  for  the  reaction  2  Cu '  (aq)  ■ 
Cu2'(nq)  +  Cu(s). 

23.77  The  reduction  of  metal  oxides  is  often  accomplished 
using  carbon  monoxide  as  a  reducing  agent.  Carbon 
(coke)  and  carbon  dioxide  are  usually  present,  leading 
to  the  following  reaction: 

C(s)  +  COz(g)  =  2  CO(g) 

Using  data  from  Appendix  C,  calculate  the  equilibrium 
constant  for  this  reaction  at  2LW  K  and  at  2000  K,  assum- 

ing that  the  enthalpies  and  entropies  of  formation  do 
not  depend  upon  temperature. 

23.78  Magnesium  is  obtained  by  electrolysis  of  molten  MgCN  • 

(a)  Why  isn't  an  aqueous  solution  of  MgCK  used  in  the 
electrolysis?  (b)  Several  cells  are  connected  in  parallel 
by  very  large  copper  buses  that  convey  current  to  the 
cells.  Assuming  that  the  cells  are  96%  efficient  in  pro- 

ducing the  desired  products  in  electrolysis,  what  mass 
of  Mg  is  formed  by  passing  a  current  of  97,000  A  for  a 
period  of  24  hr? 

23.79  Vanadium(V)  fluoride  is  a  colorless  substance  that  melts 

at  19.3  C  and  boils  at  48.3°C.  Vanadium(III)  fluoride,  on 
the  other  hand,  is  yellow-green  in  color  and  melts  at 
800  C.  (a)  Suggest  a  structure  and  bonding  for  VF=,  that 
accounts  for  its  melting  and  boiling  points.  Can  you 

identify  a  compound  of  a  nonmetallic  element  that 
probably  has  the  same  structure?  (b)  VF^  is  prepared  by 
the  action  of  1  IF  on  heated  VCIv  Write  a  balanced  equa- 

tion for  this  reaction,  (c)  While  VFs  is  a  known  com- 

pound, tin-  other  vanadium(V)  halides  are  unknown. 
Suggest  why  these  compounds  might  be  unstable.  [Hint: 
The  reasons  might  have  to  do  with  both  size  and  elec- 

tronic factors] 

23.80  the  galvanizing  of  iron  sheet  can  be  carried  out  elec- 
trolytically  using  a  bath  containing  a  zinc  sulfate  solu- 

tion. The  sheet  is  made  the  cathode,  and  a  graphite 
anode  is  used.  Calculate  the  cost  of  the  electricitv  re- 

quired to  deposit  a  0.44-mm  layer  of  zinc  on  both  sides 
of  an  iron  sheet  2.0  m  wide  and  80  m  long  if  the  current 
is  30  A,  the  voltage  is  3.5  V,  and  the  energy  efficiency  of 
the  process  is  90%.  Assume  the  cost  of  electricitv  is 
$0,082  per  kilowatt  hour.  The  density  of  zinc  is 

7.1  g/cm3. 
123.81]  Silver  is  found  as  Ag2S  in  the  ore  argentite.  (a)  By  using 

data  in  Table  17.2  and  Appendix  D.3,  determine  the  equi- 
librium constant  for  the  cyanidation  of  AgiS  to 

Ag(CN);  .  (b)  Based  on  your  answer  to  part  (a),  would 

you  consider  cyanidation  to  be  a  practical  means  of  leach- 
ing silver  from  argentite  ore?  (c)  Silver  is  also  found  as 

AgCl  in  the  mineral  cerargyrite.  Would  it  be  feasible  to 
use  cyanidation  as  a  leaching  process  for  this  ore? 

123.82]  The  heats  of  atomization,  AH<ltom,  in  kj/mol,  of  the  first 
transition  series  of  elements  are  as  follows: 

Element Ca 

Sc 

Ti V  Cr Mn Fe 

Co 

Ni Cu 

"atom 

178 
378 471 515  397 281 

415 
426 431 338 

(a)  Write  an  equation  for  the  process  involved  in  atom- 
ization, and  describe  the  electronic  and  structural 

changes  that  occur,  (b)  AHltom  varies  irregularly  in  the 
series  following  V.  How  can  this  be  accounted  for,  at 
least  in  part,  using  the  electronic  configurations  of  the 
gaseous  atoms?  [Hint:  Recall  the  discussions  of  Sections 
6.8  and  6.9.] 

eMEDIA  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  comes  in  your  MediaPak. 

23.83  The  exothermic  reduction  of  iron  by  aluminum  is 
shown  in  the  Thermite  movie  (23.2).  (a)  Determine  the 
oxidation  states  of  iron  and  aluminum  in  the  reactants 

and  products  (b)  What  is  the  purpose  of  adding  potas- 
sium chlorate,  sugar,  and  concentrated  sulfuric  acid  at 

the  beginning  ol  the  experiment?  What  principle  of  ki- 
netics does  this  illustrate? 

23.84  In  the  Electroplating  movie  (23. S),  chromium  metal  is 
reduced  at  the  cathode  of  an  electrolytic  cell.  The  source 
of  chromium  ion  to  be  reduced  is  aqueous  chromic  acid, 

(a)  Using  the  information  in  the  table,  explain  why  sodi- 
um metal  cannot  be  produced  from  an  aqueous  solution 

of  sodium  chloride  in  the  same  way  that  chromium 

metal  is  formed  from  aqueous  chromic  acid. 

Half-Reaction  Er°ed(V) 

Cl2(g)  +  2e~   ►  2Cl~(aq)  1.359 

Na+(aq)  +  e"   »  Na(s)  -2.71 
2  H'(nq)  +  2e~   »  H2{$)  0.000 

2  H20(/)  +  2e~   >  H2(g)  +  20H~(aq)  -0.83 
Ca2>,/)  +  2e~   >  Ca(s)  -2.87 

The  molten  salt  that  is  electrolyzed  to  produce  sodium 
metal  is  actually  a  mixture  of  sodium  chloride  and  calci- 

um chloride,  (b)  Explain  why  another  compound  would 
be  added  to  the  sodium  chloride,  (c)  Even  though  CaClo 
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is  present  in  the  molten  salt  mixture  during  electrolysis, 
the  sodium  metal  produced  is  not  contaminated  by  La. 
What  does  this  tell  you  about  the  reduction  potential  for 

Ca  in  the  molten  salt 1 
23.85  Use  the  band  theory  Metallic  Bonding  acti\  itv  (23.5)  to 

determine  the  melting  points  ot  two  or  more  metals  in 
the  same  transition  series,  (a)  What  appears  to  he  the  re- 

lationship between  the  melting  point  and  the  relative 
numbers  ot  electrons  in  bonding  and  antibonding  or- 
bitals?  (b)  Hxplain  why  the  electron-sea  theory  of  metal 

bonding  would  not  predict  the  observed  trend  in  melt- 
ing points  ot  transition  metals. 

23.86  In  the  Redox  Chemistry  of  Iron  and  Copper  movie 

{23.8),  copper  from  a  copper  sulfate  solution  is  reduced 
and  forms  a  coating  ot  copper  metal  on  an  iron  nail 
Based  on  this  observ  ation,  predict  what  would  happen  to 
an  iron  impurity  in  crude  copper  during  the  electrolytic 

refinement  of  copper.  Would  the  iron  be  oxidi/ed  and  be- 
come part  ot  the  electrolyte  solution  in  the  cell,  or  w  ould 

it  become  part  ot  the  anode  sludge1  Explain. 



24.1  Metal  Complexes 

24.2  Ligands  with  More  than  One 
Donor  Atom 

24.3  Nomenclature  of  Coordination 
Chemistry 

24.4  Isomerism 

24.5  Color  and  Magnetism 

24.6  Crystal-Field  Theory 

WHAT'S  AHEAD 

•  We  begin  by  introducing  the 
concepts  of  metal  complexes  and 
ligands  and  by  providing  a  brief 
history  of  the  development  of 
coordination  chemistry.  (Section  24.1) 

•  Next  we  examine  some  of  the 

common  geometries  exhibited  bv 
coordination  complexes  for  different 
coordination  numbers.  (Section  24.2) 

•  Our  discussion  then  turns  to 

poli/dentate  ligands,  which  are  ligands 
with  more  than  one  donor  atom,  and 
to  some  of  their  special  properties, 
including  their  important  roles  in 
biological  systems. 
(Section  24.2)  • 

•  We  introduce  the 
nomenclature  used  ^ 

to  name 
coordination 

compounds. 
(Section  24.3) 

•  Coordination 

compounds  exhibit 
isomerism,  in  which  two 

compounds  have  the  same 
composition  but  different 
structures.  The  tvpes  of 
isomerism  exhibited  by 
coordination  compounds 
are  described,  including 
structural  isomers,  geometric 

isomers,  and  optical  isomers.  ^ 
(Section  24.4) 

•  We  discuss  the  basic  notions  of 

color  and  magnetism  in 
coordination  compounds. 
(Section  24.5) 

•  In  order  to  explain  some  of  the 
interesting  spectral  and  magnetic 

properties  of  coordination 
compounds,  we  present  crystal-field 
theory.  (Section  24.6) 

* 
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THE  COLORS  ASSOCIATED  WITH  CHEMISTRY  ARE  NOT  ONLY  BEAUTIFUL, 

THEY  ARE  ALSO  INFORMATIVE— providing  insights  into  the 

structure  and  bonding  of  matter.  Compounds  of 

the  transition  metals  constitute  an  important 

group  of  colored  substances.  Some  of  them  are 

used  in  point  pigments;  others  produce1  the  colors  in  glass  and  precious 
gems.  For  example,  the  colors  in  the  stained-glass  art  shown  in  the 

chapter-opening  photograph  are  due  mainly  to  compounds  of  the 
transition  metals.  Whv  do  these  compounds  have  color,  and  why 
do  these  colors  change  as  the  ions  or  molecules  bonded  to  the 

metal  change?  The  chemistry  we  explore  in  this  chapter  will 
help  us  to  answer  these  questions. 

In  earlier  chapters  we  have  seen  that  metal  ions  can 
function  as  Lewis  acids,  forming  covalent  bonds  with  a 

variety  of  molecules  and  ions  that  function  as  Lewis 
bases.  We  have  encountered  man) 

ions  and  compounds  that  result  from  such  interac- 

tions. Wediscussed  [Fe(H20),sP  and  [Ag(NH3)2]+/ 
for  example,  in  our  coverage  oi  equilibria  in 

Sections  16.11  and  17.5.  Hemoglobin  is  an  impor- 

tant iron  compound  responsible  for  the  oxy- 
gen-carrying capacity  of  blood. 

In  Section  23.3  we  saw  that 

hydrometallurgy  depends  on  the  forma- 
tion of  species  such  as  |Au(CN)2l  .  In 

this  chapter  we  will  focus  on  the  rich 

and  important  chemistry  associated 
with  such  complex  assemblies  of 
metals  surrounded  by  molecules 
and  ions.  Metal  (.(impounds  of 

this  kind  are  called  coordination 

j;  \J  f\   \  H~        W'^^  conipouiiiU. 

/ 

THE  COLORS  IN  THE  PANELS  of  this  stained-glass  window  were  obtained  by  adding  oxides  of  the 
transition  metals  to  the  molten  glass  before  the  glass  sheets  were  formed. 

1025 
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24.1  |  Metal  Complexes  

Species  such  as  |Ag(NH^)2]4  that  are  assemblies  of  a  central  metal  ion  bonded 
to  a  group  of  surrounding  molecules  or  ions  arc  called  metal  complexes  or 
merely  complexes.  It  the  complex  carries  a  net  charge,  it  is  generally  called  a 
complex  ion.  ))  Compounds  that  contain  complexes  are  known 
as  coordination  compounds.  Most  of  the  coordination  compounds  that  we  will 

examine  contain  transition-metal  ions,  although  ions  of  other  metals  can  form 

complexes  .is  w  ell. 
The  molecules  or  ions  that  bond  to  the  metal  ion  in  a  complex  are  known  as 

ligands  (from  the  Latin  word  ligare,  meaning  "to  bind").  There  are  two  NH3  lig- 

ands  bonded  to  Ag'  in  [Ag(NH-()2r.  Each  ligand  functions  as  a  Lewis  base,  do- 
nating a  pair  of  electrons  to  the  metal  to  form  a  bond  with  the  metal. 

Thus,  every  ligand  has  at  least  one  unshared  pair  of  valence 
electrons,  as  illustrated  in  the  following  examples: 

H 

:6— H       :N— H       :C1:  :C=N: 

H  H 

These  examples  illustrate  that  ligands  are  either  polar  molecules  or  anions.  In 
forming  a  complex,  the  ligands  are  said  to  coordinate  to  the  metal. 

The  Development  of  Coordination  Chemistry:  Werner's  Theory 
Because  compounds  of  the  transition  metals  exhibit  beautiful  colors,  the  chem- 

istry of  these  elements  greatly  fascinated  chemists  even  before  the  periodic 
table  was  introduced.  In  the  late  1700s  through  the  1800s,  many  coordination 
compounds  were  isolated  and  studied.  These  compounds  showed  properties 
that  seemed  puzzling  in  light  of  the  bonding  theories  at  the  time.  Table  24.1  T, 
for  example,  lists  a  series  of  compounds  that  result  from  the  reaction  of 
cobalt(III)  chloride  with  ammonia.  These  compounds  have  strikingly  different 

colors.  Even  the  last  two  listed,  which  were  both  formulated  as  CoCl3-4  NH3, 
have  different  colors. 

All  the  compounds  in  Table  24.1  are  strong  electrolytes  (Section  4.1),  but 

they  yield  different  numbers  of  ions  when  dissolved  in  water.  For  example,  dis- 

solving CoCl3-6  NH3  in  water  yields  four  ions  per  formula  unit  (that  is,  the 
[Co(NH3)6]  ion  and  three  CP  ions),  whereas  CoCl3*5  NH3  yields  only  three 

ions  per  formula  unit  (that  is,  the  [Co(NH3)5Cl]~+  ion  and  two  CI  ions).  Fur- 
thermore, the  reaction  of  the  compounds  with  excess  aqueous  silver  nitrate 

leads  to  the  precipitation  of  variable  amounts  of  AgCl(s);  the  precipitation  of 

AgCl(s)  in  this  way  is  often  used  to  test  for  the  number  of  "free"  Cl~  ions  in  an 
ionic  compound.  When  CoCl3*6  NH3  is  treated  with  excess  AgN03(aq),  3  mol 

of  AgCl(s)  are  produced  per  mole  of  complex,  so  all  three  Cl~  ions  in  the  for- 
mula can  react  to  form  AgCl(s).  By  contrast,  when  CoCl3*5  NH3  is  treated  with 

TABLE  24.1 Properties of  Some  Ammonia  Complexes  of  Cobalt(III)  1 

Original 
Ions  per 

"Free"  CI  Ions 
Modern 

Formulation Color Formula  Unit per  Formula  Unit Formulation 

CoCl3-6  NH3 
Orange 

4 3 [Co(NH3)6]Cl3 
CoCl3-5  Nhh 

Purple 
3 2 

[Co(NH,)-,Cl]Ch CoCI3-4  Nhh Given 2 1 fraHS-[Co(NH3)4Ch]Cl 
CoCb/4  NH3 Violet 2 1 c/s-[Co(NH^4Cl2]c:i 
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AgNO-i(<?(/)  in  an  analogous  fashion,  only  2  mol  ot  AgCI(s)  precipitate  per  mole 
of  complex;  one  of  the  CI  ions  in  the  compound  does  not  react  to  form  AgCl(s). 
These  results  are  summarized  in  Table  24.1. 

In  18cn  the  Swiss  chemist  Alfred  Werner  (1866-1919)  proposed  a  theory 
that  successfully  explained  the  observations  in  Table  24.1,  and  it  became  the 
basis  for  understanding  coordination  chemistry.  Werner  proposed  that  metal 

ions  exhibit  both  "primary"  and  "secondary"  valences.  The  primary  valence  is 
the  oxidation  state  of  the  metal,  w  hich  for  the  complexes  in  Table  24.1  is  •  3. 

1  1 1  The  secondary  valence  is  the  number  ot  atoms  directly  bond- 
ed to  the  metal  ion,  which  is  also  called  the  coordination  number.  For  these 

cobalt  complexes,  Werner  deduced  a  coordination  number  of  6  with  the  ligands 

in  an  octahedral  arrangement  (Figure9.9)  around  the  Co'  ion. 
Werner's  theory  provided  a  beautiful  explanation  tor  the  results  in  [able 

24.1.  The  NHi  molecules  in  the  complexes  are  ligands  that  are  bonded  to  the 

Co  +  ion;  if  there  are  fewer  than  six  NUA  molecules,  the  remaining  ligands  are 
CP  ions.  The  central  metal  and  the  ligands  bound  to  it  constitute  the  coordinatio- 

n  sphere  of  the  complex.  In  writing  the  chemical  formula  for  a  coordination  com- 
pound, Werner  suggested  using  square  brackets  to  set  off  the  groups  within  the 

coordination  sphere  from  other  parts  ot  the  compound.  I  le  therefore  proposed 

that  CoClv6Nhh  and  CoCl3-5  NH-,  are  better  w  ritten  as  [Co(NH3)6]Cl3  and 
[Co(NH3)^Cl]Cl2,  respectively.  He  further  proposed  that  the  chloride  ions  that 

are  part  of  the  coordination  sphere  are  bound  so  tightly  that  they  do  not  dissoci- 
ate when  the  complex  is  dissolved  in  water.  Thus,  dissolving  [CofNH-dsCljCb  in 

water  produces  a  [Co(NH-J^CI]"~  ion  and  two  CI  ions;  only  the  two  "free"  CI 

ions  are  able  to  react  with  Ag  '  (nq)  to  form  AgCI(s). 
Werner's  ideas  also  explained  why  then'  are  two  distinctly  different  forms 

of  CoCl3-4  NH3.  Using  Werner's  postulates,  we  formulate  the  compound  as 
[Co(NH3)4Cl2]CI.  As  shown  in  Figure  24.1  ►,  there  are  two  different  ways  to 

arrange  the  ligands  in  the  [Co(NH -5)402] '  complex,  called  the  cis  and  trans 
forms.  In  r/'s-ICofNHAJ-iCb]  the  two  chloride  ligands  occupy  adjacent  vertices 
ot  the  octahedral  arrangement.  In  /n/z/s-ICofNHA^CNI  the  chlorides  are  oppo- 

site one  another.  As  seen  in  Table  24.1,  the  difference  in  these  arrangements 

causes  the  complexes  to  hav  e  different  colors. 

The  insight  that  Werner  prov  ided  into  the  bonding  in  coordination  k im- 
pounds is  even  more  remarkable  when  we  realize  that  his  theory  predated 

Lewis's  ideas  of  covalent  bonding  by  more  than  20  years!  Because  ot  his 
tremendous  contributions  to  coordination  chemistry,  Werner  was  awarded  the 
1913  Nobel  Prize  in  Chemistry. 

\  iolet 

3 

Co 

(a) 

(b 

9 

( Ireen 

▲  Figure  24.1   The  two  forms  (isomers) 
of  [Co(NHj)4CI2]  +  .  In  (a)  as  [Co(NH3)4Cl2] 
the  two  CI  ligands  occupy  adjacent  vertices  of  the 
octahedron,  whereas  in  (b)  rrans-lCotNHs^Clj] 
they  are  opposite  one  another. 

■i  SAMPLE  EXERCISE  24.1  |  Identifying  the  Coordination  Sphere  of  a  Complex 

Palladium(II)  tends  to  form  complexes  with  a  coordination  number  of  4.  One  such 
compound  was  originally  formulated  as  PdC  Iy3  NHv  (a)  Suggest  the  appropriate 
coordination  compound  formulation  for  this  compound,  (b)  Suppose  an  aqueous  so- 

lution of  the  compound  is  treated  with  excess  AgNO^di/).  How  many  moles  ol 
AgCl(s)  are  formed  per  mole  of  PdCl2'3  Nhh? 

Solution 

Analyze:  We  are  given  the  coordination  number  ol  Pd(II)  and  a  chemical  formula  in- 
dicating that  NH3  and  CI  are  the  potential  ligands.  We  are  asked  to  determine 

(a)  what  ligands  are  attached  to  Pd(ll)  in  the  compound  and  (b)  how  the  compound 
behaves  toward  AgNCh  in  aqueous  solution. 
Plan:  (a)  We  can  use  the  charges  of  the  potential  ligands  to  deduce  how  many  lig- 

ands of  each  kind  are  in  the  coordination  sphere.  Because  ot  their  charge,  the  C I  ions 
can  be  either  in  the  coordination  sphere,  where  they  are  bonded  directly  to  the  metal, 
or  outside  the  coordination  sphere,  where  they  are  bonded  ionically  to  the  complex. 
Because  the  Nhh  ligands  are  neutral,  they  must  be  in  the  coordination  sphere,  (b)  The 
chlorides  that  are  in  the  coordination  sphere  will  not  be  precipitated  as  AgCl. 
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Solve:  (a)  By  analogy  to  the  ammonia  complexes  of  cobalt(III),  we  predict  that  the 
three  NPh  groups  of  PdCL-3  NH-, serve  as  ligands  attached  to  the  Pd(II)  ion.  The 
fourth  ligand  around  l'd(II)  is  one  of  the  chloride  ions.  The  second  chloride  ion  is  not 
a  ligand;  it  serves  onlv  as  an  anion  in  this  ionic  compound.  We  conclude  that  the  cor- 

rect formulation  is  [  Pd(NH3)3Cl]Cl. 

(b)  The  chloride  ion  that  serves  as  a  ligand  will  not  be  precipitated  as  AgCI(s)  fol- 

lowing the  reaction  with  AgNO-(((7i/).  Thus,  only  the  single  "free"  CI  can  react.  We  there- 
fore expect  to  produce  1  mol  of  AgCl(s)  per  mole  of  complex.  The  balanced  equation  is 

[Pd(NH  ;);C  I |C !(<?(/)  +  AgN03(fl<7.)   ►  [PdfNH ^hCl]NCh(rt,/)  +  AgCl(s) 

This  is  a  metathesis  reaction  (Section  4.2)  in  which  one  of  the  cations  is  the  |Pd(NhhhCl] ' 
complex  ion 

H  PRACTICE  EXERCISE 

Predict  the  number  of  ions  produced  per  formula  unit  in  an  aqueous  solution  of 
CoCL-6  H20. 

Answer:  three  (the  complex  ion,  [CofPLO),,]"' ,  and  two  chloride  ions) 

(a) 

(b) 

▲  Figure  24.2    Reaction  of  FeJ  (aq)  and 
SCN"(a<7).  (a)  An  aqueous  solution  of  NH4SCN 
is  in  the  pipette,  and  an  aqueous  solution  of 

Fe3  is  in  the  flask,  (b)  The  intensely  colored 
[Fe(H20)5NCS]2 1  ion  forms  when  the  NH4SCN  is 
added  to  Fe3  (aq). 

The  Metal-Ligand  Bond 

The  bond  between  a  ligand  and  a  metal  ion  is  an  example  of  an  interaction  be- 
tween a  Lewis  base  and  a  Lewis  acid.  6.11)  Because  the  ligands 

have  unshared  pairs  of  electrons,  they  can  function  as  Lewis  bases  (electron- 

pair  donors).  Metal  ions  (particularly  transition-metal  ions)  have  empty  va- 
lence orbitals,  so  they  can  act  as  Lewis  acids  (electron-pair  acceptors).  We  can 

picture  the  bond  between  the  metal  ion  and  ligand  as  the  result  of  their  sharing 
a  pair  of  electrons  that  was  initially  on  the  ligand: 

H 

Ag+(,?</)  +  2:N— H(aq) 

1 1 

H  H 

H  — N:Ag:N— H 
I  I 

II 

(aq) 

[24.1] 

The  formation  of  metal-ligand  bonds  can  markedly  alter  the  properties  we 
observe  for  the  metal  ion.  A  metal  complex  is  a  distinct  chemical  species  that 

has  physical  and  chemical  properties  different  from  the  metal  ion  and  the  lig- 
ands from  which  it  is  formed.  Complexes,  for  example,  may  have  colors  that 

differ  dramatically  from  those  of  their  component  metal  ions  and  ligands. 
Figure  24.2  A  shows  the  color  change  that  occurs  when  aqueous  solutions  of 

SCN   and  Fev  are  mixed,  forming  [Fe(H2C%NCS]2+. 
Complex  formation  can  also  significantly  change  other  properties  of  metal 

ions,  such  as  their  ease  of  oxidation  or  reduction.  The  silver  ion,  Ag^,  for  exam- 
ple, is  readily  reduced  in  water: 

Ag+(rt</)  +  e" 

Ag(> 
+0.799  V 

[24. 

In  contrast,  the  [Ag(CN)2]  ion  is  not  so  easily  reduced  because  complexation 

by  CN~  ions  stabilizes  silver  in  the  +1  oxidation  state: 

[Ag(CN)2n<?</)  +  e"     — »  Ag(s)  +  2CN~(<?</)       £°  =  -0.31  V  [24.3] 
Hydrated  metal  ions  are  actually  complex  ions  in  which  the  ligand  is  water. 

Thus,  Fe    (aq)  consists  largely  of  [Fe(H20)f 
v 

Complex  ions 

form  in  aqueous  solutions  from  reactions  in  which  ligands  such  as  NH3,  SCN" 
and  CN~  replace  H20  molecules  in  the  coordination  sphere  of  the  metal  ion. 

9 GIVE  IT  SOME  THOUGHT 

Write  a  balanced  chemical  equation  for  the  reaction  that  causes  the  color  change  in 

Figure  24.2. 
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Charges,  Coordination  Numbers,  and  Geometries 

The  charge  of  a  complex  is  the  sum  of  the  charges  on  the  central  metal  and  on 

its  surrounding  ligands.  In  [Cu(NH -)(|SO_|  we  can  deduce  the  charge  on  the 

complex  ion  if  we  first  recognize  that  SO4  represents  the  sulfate  ion  and  there- 
fore has  a  2  charge.  Because  the  compound  is  neutral,  the  complex  ion  must 

have  a  2  +  charge,  [Cu(NHt)4|"\  We  can  then  use  the  charge  of  the  complex  ion 
to  deduce  the  oxidation  number  of  copper.  Because  the  NH^  ligands  are  neutral 

molecules,  the  oxidation  number  of  copper  must  be  -  2. 

I       .  • 

[Cu(NH3)4]2H 

HI  SAMPLE  EXERCISE  24.2  |  Determining  the  Oxidation  Number  of  a  Metal  in  a 
Complex 

What  is  the  oxidation  number  of  the  central  metal  in  [Rh(NH3)5Cl](N03)2? 

Solution 

Analyze:  We  are  given  the  chemical  formula  of  a  coordination  compound,  and  we 
are  asked  to  determine  the  oxidation  number  of  its  metal  atom. 
Plan:  In  order  to  determine  the  oxidation  number  of  the  Rh  atom,  we  need  to  figure 
out  what  charges  are  contributed  by  the  other  groups  in  the  substance.  The  overall 
charge  is  zero,  so  the  oxidation  number  ol  the  metal  must  balance  the  charge  that  is 
due  to  the  rest  of  the  compound. 

Solve:  The  NO-j  group  is  the  nitrate  anion,  which  has  <i  1  -  charge,  NO-s  .  The  \  l  I 
ligands  are  neutral  and  the  CI  is  a  coordinated  chloride  ion,  which  has  a  1  -  charge, 
CI.  The  sum  of  all  the  charges  must  be  zero. 

\  I    1  / 
[RhtNrThClltNO,): 

The  oxidation  number  of  rhodium,  v,  must  therefore  be  +3. 

UB  PRACTICE  EXERCISE 

What  is  the  charge  of  the  complex  formed  by  a  platinum(ll)  metal  ion  surrounded  by 
two  ammonia  molecules  and  two  bromide  ions? 
Answer:  zero 

■i  SAMPLE  EXERCISE  24.3  |  Determining  the  Formula  of  a  Complex  Ion 

A  complex  ion  contains  a  chromium(III)  bound  to  tour  water  molecules  and  two 
chloride  ions.  What  is  its  formula1 

Solution 

Analyze:  We  are  given  a  metal,  its  oxidation  number,  and  the  number  of  ligands  of 
each  kind  in  a  complex  ion  containing  the  metal,  and  we  are  asked  to  write  the  chem- 

ical formula  of  the  ion. 
Plan:  We  write  the  metal  first,  then  the  ligands.  We  can  use  the  charges  of  the  metal 
ion  and  ligands  to  determine  the  charge  of  the  complex  ion.  I  he  oxidation  state  of  the 
metal  is  +3,  water  is  neutral,  and  chloride  has  a  1  -  charge. Solve: 

\  I  / 
Cr(H20)4Cl2 

The  charge  on  the  ion  is  1+,  [Cr(H20)4Cl2]+. 

■1  PRACTICE  EXERCISE 

Write  the  formula  for  the  complex  described  in  the  Practice  Exercise  accompanying 
Sample  Exercise  24.2. 
Ansii'cr:  [Pt(NH3)2Br2) 
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►  Figure  24.3  Four-coordinate 
and 

complexes.  Structures  of  (a)  [Zn(NH3)4]2" 
(b)  [Pt(NH5)4]2  ,  illustrating  the  tetrahedral  and 
square-planar  geometries,  respectively.  These  are 
the  two  common  geometries  for  complexes  in 
which  the  metal  ion  has  a  coordination  number 
of  4. 

NH; 

*4    z"  o Q 

NH3 

(a) 

2+ 

(b) 

3-D  MODELS 
Tetraaminezinc(ll)  Ion, 
Tetraamineplatmum(ll)  Ion, 
Hexaaminecobalt(lll)  Ion 

ACTIVITY 
Geometries  of  MLn  Complexes 

Recall  that  the  number  of  atoms  directly  bonded  to  the  metal  atom  in  a 

complex  is  called  the  coordination  number.  The  atom  of  the  ligand  bound  direct- 
ly to  the  metal  is  called  the  donor  atom.  Nitrogen,  for  example,  is  the  donor 

atom  in  the  [ AgfNH-J^r  complex  shown  in  Equation  24.1.  The  silver  ion  in 
[AgfNhh^r  h'1s  a  coordination  number  of  2,  whereas  each  cobalt  ion  in  the 
Co(III)  complexes  in  Table  24.1  has  a  coordination  number  of  6. 

Some  metal  ions  exhibit  constant  coordination  numbers.  The  coordination 

number  of  chromium(III)  and  cobalt(III)  is  invariably  6,  for  example,  and  that  of 
platinum(II)  is  always  4.  The  coordination  numbers  of  most  metal  ions  vary 
with  the  ligand,  however.  The  most  common  coordination  numbers  are  4  and  6. 

The  coordination  number  of  a  metal  ion  is  often  influenced  by  the  relative 
sizes  of  the  metal  ion  and  the  surrounding  ligands.  As  the  ligand  gets  larger, 
fewer  can  coordinate  to  the  metal  ion.  Thus,  iron(III)  is  able  to  coordinate  to  six 

fluorides  in  [FeFh]1~  but  coordinates  to  only  four  chlorides  in  [FeCl4]~.  Ligands 
that  transfer  substantial  negative  charge  to  the  metal  also  produce  reduced  co- 

ordination numbers.  For  example,  six  neutral  ammonia  molecules  can  coordi- 

nate to  nickel(II),  forming  [Ni(NFh)h]"\  but  only  four  negatively  charged 

cyanide  ions  can  coordinate,  forming  [Ni(CN)4]~ ~. 
Four-coordinate  complexes  have  two  common  geometries — tetrahedral 

and  square  planar — as  shown  in  Figure  24.3  A.  The  tetrahedral  geometry  is  the 
more  common  of  the  two  and  is  especially  common  among  nontransition  met- 

als. The  square-planar  geometry  is  characteristic  of  transition-metal  ions  with 
eight  if  electrons  in  the  valence  shell,  such  as  platinum(II)  and  gold(III). 

The  vast  majority  of  six-coordinate  complexes  have  an  octahedral  geome- 
try, cis  shown  in  Figure  24.4(a)  ▼.  The  octahedron  is  often  represented  as  a  pla- 
nar square  with  ligands  above  and  below  the  plane,  as  in  Figure  24.4(b).  Recall, 

however,  that  all  positions  on  an  octahedron  are  geometrically  equivalent. 
(Section  9.2) 

0 GIVE  IT  SOME  THOUGHT 

What  are  the  geometries  most  commonly  associated  with  (a)  coordination  number 

4,  (b)  coordination  number  6? 

►  Figure  24.4   Six-coordinate  complex. 
Two  representations  of  an  octahedral 
coordination  sphere,  the  common  geometric 
arrangement  for  complexes  in  which  the  metal 
ion  has  a  coordination  number  of  6.  In  (a)  the 
light  blue  polyhedron  is  an  octahedron. 
Representation  (b)  is  easier  to  draw  than  (a)  and 
is  therefore  a  more  common  way  to  depict  an 
octahedral  complex. 

NH, 

H->N 

NH, 

H3N- 

-Co- NH, 

(a) 

NH3 

NH3 

(b) 
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24.2  |  Ligands  with  More  than  One  Donor  Atom 

The  ligands  that  we  have  discussed  so  tar,  such  as  Nil-,  and  CI  ,  are  called 

monodentate  ligands  (from  the  Latin,  meaning  "one-toothed").  fTiese  ligands  pos- 
sess a  single  donor  atom  and  are  able  to  occupy  only  one  site  in  a  coordination 

sphere.  Some  ligands  have  two  or  more  donor  atoms  that  can  simultaneously  coordi- 
nate to  a  metal  ion,  thereby  occupying  two  or  more  coordination  sites.  They  .ire  called 

polydentate  ligands  ("many-toothed").  Because  they  appeal-  to  grasp  the  metal  be- 
tween two  or  more  donor  atoms,  polydentate  ligands  are  also  known  as  chelating 

agents  (from  the  C  ireek  word  chele,  "claw").  One  such  ligand  is  ethylenediamine. 

CH\—  CH, / 
1 1 

Ethylenediamine,  which  is  abbreviated  en,  has  two  nitrogen  atoms  (shown  in 
color)  that  have  unshared  pairs  of  electrons.  I  hese  donor  atoms  are  sufficiently 
far  apart  that  the  ligand  can  wrap  around  a  metal  ion  with  the  two  nitrogen 
atoms  simultaneously  bonding  to  the  metal  in  adjacent  positions.  The 

[Co(en)-dv  ion,  which  contains  three  ethylenediamine  ligands  in  the  octahedral 
coordination  sphere  of  cobalt(III),  is  shown  in  Figure  24.5  ►.  Notice  that  the 
ethylenediamine  has  been  written  in  a  shorthand  notation  as  two  nitrogen 

atoms  connected  by  an  arc.  Ethylenediamine  is  a  bidentate  ligand  ("two- 
toothed"  ligand)  because  it  can  occupy  two  coordination  sites.  Table  24.2  T 
shows  several  common  ligands  with  their  donor  atoms  given  in  blue. 

o 

9 

[Co(en)3]3H 

▲  Figure  24.5   The  [Co(en)3]3  +  ion.  Notice how  each  bidentate  ethylenediamine  ligand  is 
able  to  occupy  two  positions  in  the  coordination 

sphere 

4^ 

3-D  MODELS 

Ethylenediamine,  Co(en)55 

Table  24.2    Some  Common  Ligands 

Ligand  Type  Examples 

Monodentate H20:  Water 

•  NHi  Ammonia 

■  I  •  I  I  in  iride  ion 

■  CI  '•     Chloride  ion 

[:C=N:] 

:S=C  =  N:| 

L-or-l 

Cyanide  ion 
I  hiocyanate  ion 

:0— H Hvdro\ide  ion 

[:0  — N  =  0:]  Nitriteion 

LorJ 

Bidentate 

H,C— CH-. 7  V 
H2N  NH; 

Ethylenediamine  (en) 
Bipyridine (bip)  ) Orf/io-phenanthroline 

(o-phen) 

.o: 

•  V 

c— 

c 
. 

:o. 
.cr. 

:o: 
II 

Oxalate  ion Carbonate  ion 

Polydentate 

H,C  —  CH-.    CH,—  CH-. 7        \   7  \ 
H2N  NH  NH2 

I  )iethylenetriamine 

:0:       :C):  :0: 
..     II     ..     II     ..     II  .. 
:0— P— O— P— O— P— O 

"     I     "     i     *'  I :o:        :o:  :o: 

I  riphosphate  ion 

:Q: 
:(): 

CH-,  — C  — O: :0  —  C  —  CH\ 

\  7  - :N— CH2— CH2— N 7  \ 
:0— C— CH2  CM-,  —  C  —  O: 

II  II  " :0:  :0: 

Ethylenediaminetetraacetate  ion  (EDI  A4  ) 
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CoEDTA 

▲  Figure  24.6  The  [CoEDTA]  ion. 
Notice  how  the  ethylenediaminetetraacetate 
ion,  a  polydentate  ligand,  is  able  to  wrap 
around  a  metal  ion,  occupying  six  positions  in 
the  coordination  sphere. 

3-D  MODELS 
Ethylenediaminetetraacetate  Ion,  [CoEDTA] 

▲  Figure  24.7   Lichens  growing  on  a  rock 
surface,  tichens  obtain  the  nutrients  needed  for 
growth  from  a  variety  of  sources.  Using  chelating 
agents,  they  are  able  to  extract  needed  metallic 
elements  from  the  rocks  on  which  they  grow. 

The  ethylenediaminetetraacetate  ion,  abbrev  iated  [EDTA]4  ,  is  an  impor- 
tant polydentate  ligand  that  has  six  donor  atoms: 

:Q: 
II ":<  i— CCH, 

/ 

H,C-  ":
 

CH2CH2 
/•'      "  \ 

:<  >— CCH,  CHoC—  : 

:(): 
:Q: 

[EDTA]4 
It  can  wrap  around  a  metal  ion  using  all  six  of  these  donor  atoms,  as  shown  in 

Figure  24.6  <,  although  it  sometimes  binds  to  a  metal  using  only  five  of  its  six 
donor  atoms. 

In  general,  chelating  ligands  form  more  stable  complexes  than  do  related 

monodentate  ligands.  The  formation  constants  for  [Ni(NH3)fl]2^  and 
[Ni(enh]-+,  shown  in  Equations  24.4  and  24.5,  illustrate  this  observation: 

[Ni(H20),J-  (in])  +  6NH3(aq)  ;=  |Ni(NHh)h]2Vj)  +  6  HzO(/) 

Kf  =  1.2  x  109  [24.4] 

[Ni(H20)h]2><7)  +  3en(a<7)  =^  [Ni(en)3]2+(fl<7)  +  6  H20(/) 

Kf  =  6.8  x  1017  [24.5] 

Although  the  donor  atom  is  nitrogen  in  both  instances,  [Ni(en)^]2*  has  a  for- 

mation constant  that  is  more  than  10s  times  larger  than  that  of  [Ni(NH3)6]2^. 
The  generally  larger  formation  constants  for  polydentate  ligands  as  compared 
with  the  corresponding  monodentate  ligands  is  known  as  the  chelate  effect. 

We  examine  the  origin  of  this  effect  in  greater  detail  in  "A  Closer  Look"  in  this 
section. 

Chelating  agents  are  often  used  to  prevent  one  or  more  of  the  customary  re- 
actions of  a  metal  ion  without  actually  removing  it  from  solution.  For  example, 

a  metal  ion  that  interferes  with  a  chemical  analysis  can  often  be  complexed  and 
its  interference  thereby  removed.  In  a  sense,  the  chelating  agent  hides  the  metal 
ion.  For  this  reason,  scientists  sometimes  refer  to  these  ligands  as  sequestering 
agents.  (The  word  sequester  means  to  remove,  set  apart,  or  separate.) 

Phosphates  such  as  sodium  tripolyphosphate,  shown  here,  are  used  to 

complex  or  sequester  metal  ions  such  as  Ca~*  and  Mg""  in  hard  water  so  these 
ions  cannot  interfere  with  the  action  of  soap  or  detergents: Nas 

O  O  O 
II  II  II 

O— P— o— P— o—  P— o 

o      o  o 

Chelating  agents  such  as  EDTA  are  used  in  consumer  products,  including  many 
prepared  foods  such  as  salad  dressings  and  frozen  desserts,  to  complex  trace 
metal  ions  that  catalyze  decomposition  reactions.  Chelating  agents  are  used  in 

medicine  to  remove  metal  ions  such  as  Hg2+,  Pb2+,  and  Cd2+,  which  are  detri- 
mental to  health.  One  method  of  treating  lead  poisoning  is  to  administer 

Na2[Ca(EDTA)].  The  EDTA  chelates  the  lead,  allowing  it  to  be  removed  from 
the  body  via  urine.  Chelating  agents  are  also  quite  common  in  nature.  Mosses 
and  lichens  secrete  chelating  agents  to  capture  metal  ions  from  the  rocks  they 
inhabit  (Figure  24.7  4). 
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9 GIVE  IT  SOME  THOUGHT 

Cobalt(lll)  has  a  coordination  number  of  6  in  all  of  its  complexes.  Is  the  carbonate 
ion  acting  as  a  monodentate  or  as  a  bidentate  ligand  in  the  [Co(NH^)4COd  ion? 

Metals  and  Chelates  in  Living  Systems 

Ten  of  the  29  elements  known  to  be  neeess.m  tor  human  life  are  transition  met- 

als, rhese  ten — V,  Cr,  Mn,  Fe,  Co,  Ni, 

Cu,  Zn,  Mo,  and  Cd — owe  their  roles  in  living  systems  mainly  to  their  ability  to 
form  complexes  with  a  variety  ol  donor  groups  present  in  biological  systems. 

Metal  ions  are  integral  parts  of  many  enzymes,  which  are  the  body's  catalysts. 

Although  our  bodies  require  only  small  quantities  of  metals,  deficiencies 
can  lead  to  serious  illness.  A  deficiency  ol  manganese,  lor  example,  can  lead  to 
convulsive  disorders.  Some  epilepsy  patients  ha\  e  been  helped  bv  the  addition 
of  manganese  to  their  diets. 

Among  the  most  important  chelating  agents  in  nature  are  those  derived 
from  the  porphine  molecule,  which  is  shown  in  Figure  24. <S  ►.  I  his  molecule  can 

coordinate  to  a  metal  using  the  tour  nitrogen  atoms  as  donors.  Upon  coordina- 
tion to  a  metal,  the  two  II  atoms  shown  bonded  to  nitrogen  are  displaced. 

Complexes  derived  from  porphine  are  called  porphyrins.  Different  porphyrins 
contain  different  metal  ions  and  have  different  substituent  groups  attached  to 

the  carbon  atoms  at  the  ligand's  periphery.  Iwo  of  the  most  important  por- 
phyrin or  porphyrin-like  compounds  are  heme,  which  contains  Fe(II),  and 

chlorophyll,  w  hich  contains  Mg(ll). 

3-D  MODEL 

Porphine 

A  Figure  24.8   The  porphine  molecule. 
This  molecule  forms  a  tetradentate  ligand  with 
the  loss  of  the  two  protons  bound  to  nitrogen 
atoms.  Porphine  is  the  basic  component  of 
porphyrins,  complexes  that  play  a  variety  of 
important  roles  in  nature 

Entropy  and  the  Chelate  Effect 

hen  we  examined  thermodynamics  in  t  hapter  I*-',  we 
learned  that  the  spontaneity  of  i  hemical  processes  is  fa- 
vored by  a  positive  change  in  the  entropy  of  the  system  and  b\ 

a  negative  change  in  its  enthalpy.  I  he  spe- 
cial stability  associated  with  the  formation  ol  chelates,  called 

the  chelate  effect,  can  be  explained  bv  looking  at  the  entropy 
changes  that  occur  when  polydentate  ligands  hind  to  a  metal 

ion.  To  understand  this  effect  better,  let's  look  at  some  reac- 
tions in  which  two  H20  ligands  of  the  square-planar  I  u(ll) 

complex  [CufhhOhC  are  replaced  by  other  ligands.  Fust, 

let's  consider  replacing  the  I  120  ligands  with  NI  h  ligands  at 
27,JC  to  form  [C  u(IU))2(Nl  h)2]:  ,  the  structure  ol  which  is 
shown  in  Figure  24.9(a)  ►: 

|Cu(H:0)4]2,  («,/)  +  2  Nil  ,(,/</) 

[Cu(H2Oh(NH3)2l2t(rt(7)  I  2H20(/) 

AH       -46  kj;    AS         8.4  I  K;    AG         43  kj 

The  thermodynamic  data  prov  ide  us  with  information 
about  the  relativ  e  abilities  of  I  I^O  and  NI  1  ■,  to  serve  as  ligands 
in  these  systems.  In  general,  NH3  binds  mine  tightly  to  metal 
ions  than  H20,  so  these  kinds  of  substitution  reactions  are 

exothermic  (A//  0).  the  stronger  bonding  ol  the  Nil  ;  lig- 
ands also  causes  [Cu(l  I20)2(N1  [3)2]    to  be  more  rigid,  which 

• 

9 • 

9 

»  9 

(a) 
(b) 

A  Figure  24.9   Ball-and-stick  models  of  two  related  copper 
complexes.  The  square-planar  complexes  (a)  [Cu(H;0);(NHi)2]2  and  (b) 
lCu(H,0),,(en)]2  have  the  same  donor  atoms,  but  (b)  has  a  bidentate  ligand. 

is  probably  the  reason  th.it  the  entropv  t  hange  for  the  reac  tion 
is  slightly  negative,  F>v  using  I  quation  19.22,  we  can  use  the 
value  of  AC  to  1  ale  ulate  the  equilibrium  constanl  ol  the  rea<  - 

tion  at  27  C.  The  resulting  value,  K  "5. 1  •  10  ,  tells  us  thai 
the  equilibrium  lies  far  to  the  right,  favoring  substitution  ol 
1 120  In  NI  I  j.  For  this  equilibrium,  the  <  hange  in  the  enthalp) 
is  large  and  negative  enough  to  oven  ome  the  negative  change 
in  the  entropv. 

( (infinites  on  next  page 
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continued 

How  does  this  situation  change  if  instead  of  two  NH^  lig- 
ands  we  use  a  single  bidentate  ethylenediamine  (en)  ligand 

and  form  [Cu(H20)2(en)]2H  [Figure  24.9(b)]?  The  equilibrium reaction  and  thermodynamic  data  are 

[Cu(H20)4]2+(fli7)  +  en(aq) 

[Cu(H20)2(en)]2+(fl(j)  +  2  H20(/) 

AH       -54  kj;    AS   =  +23J/K;    AG°      -61  kj 

The  en  ligand  binds  slightly  more  strongly  to  a  Cu"  ion  than 
two  NH;  ligands,  so  the  enthalpy  change  on  forming 

[CufHnO^en)]2'  is  slightly  more  negative  than  tor 
[CufH.O^NH^);]2  .  There  is  a  big  difference  in  the  entropy 

j  change,  however.  Whereas  the  entropy  change  for  forming 

[CufH^O^NHi)?]"'  is  negative,  the  entropy  change  for  form- 
ing [CufHnO^fen)]""'  is  positive.  We  can  explain  this  positive 

;  value  by  using  the  concepts  we  discussed  in  Section  19.3.  Be- 
;  cause  a  single  en  ligand  occupies  two  coordination  sites,  two 
molecules  of  H20  are  released  upon  binding  one  en  ligand. 

Thus,  there  are  three  molecules  on  the  right  side  of  the  equa- 
|  tion,  whereas  there  are  only  two  on  the  left  side,  all  of  which 
;  are  part  of  the  same  aqueous  solution.  The  greater  number  of 
molecules  on  the  right  leads  to  the  positive  entropy  change  lor 

\  the  equilibrium.  The  slightly  more  negative  value  of  A//  cou- 
pled with  the  positive  entropy  change  leads  to  a  much  more 

negative  value  of  AC:  and  a  correspondingly  larger  equilibri- 
:  urn  constant:  K  =  4.2  <  10 10 L     _  _  __  _  

We  can  combine  the  earlier  equations  to  show  that  the  for- 
mation of  |Cu(H^C))2(en)|2  is  thermodynamically  preferred 

over  the  formation  of  [CufHiO^fNI  bj2j2' .  If  we  add  the  sec- ond reaction  to  the  reverse  of  the  first  reaction,  we  obtain 

[Cu(H2O)2(NH3)2]2+0j9)  +  en(<f</) 

(C  u(  I  hOJ^en)]2 '  (aq)  +  2  NH3(aq) 

The  thermochemical  data  for  this  equilibrium  reaction 
can  be  obtained  from  those  given  earlier: 

A//   =  (-54  kj)  -  (-46kJ)  =  -8  kj 

AS°  =  (+23J/K)  -  (-8.4J/K)  =  +31  I  K 

AG°  =  (-61  kj)  -  (   43  kj)  =  -18  kj 

Notice  that  at  27r,C  (300  K),  the  entropic  contribution  (  T AS  ) 
to  the  free-energy  change  is  negative  and  greater  in  magni- 

tude than  the  enthalpic  contribution  (AH&).  The  resulting 
value  of  the  equilibrium  constant,  K,  for  this  reaction, 
1.4  x  10  ,  shows  that  the  formation  of  the  chelate  complex  is 
much  more  favorable. 

The  chelate  effect  is  important  in  biochemistry  and  mole- 
cular biology  The  additional  thermodynamic  stabilization 

provided  by  entropic  effects  helps  to  stabilize  biological 
metal-chelate  complexes,  such  as  porphyrins,  and  can  allow 
changes  in  the  oxidation  state  of  the  metal  ion  while  retaining 
the  structural  integrity  of  the  complex. 
Related  Exercises:  24.21,  24.22,  and  24.80 

3-D  MODEL 
Heme  Croup 

►   Figure  24.10   Myoglobin.  Myoglobin  is  a 
protein  that  stores  oxygen  in  cells.  The  molecule 
has  a  molecular  weight  of  about  18,000  amu  and 
contains  one  heme  unit,  shown  in  orange.  The 
heme  unit  is  bound  to  the  protein  through  a 
nitrogen-containing  ligand,  as  shown  on  the  left 
side  of  the  heme.  In  the  oxygenated  form  an  02 
molecule  is  coordinated  to  the  heme  group,  as 
shown  on  the  right  side  of  the  heme.  The  three- 
dimensional  strudure  of  the  protein  chain  is 
represented  by  the  continuous  purple  cylinder. 
The  helical  sedions  are  denoted  by  the  dashed 
lines.  The  protein  wraps  around  to  make  a  pocket 
for  the  heme  group. 

Figure  24.10  ▼  shows  a  schematic  structure  of  myoglobin,  a  protein  that 
contains  one  heme  group.  Myoglobin  is  a  globular  protein,  one  that  folds  into 

a  compact,  roughly  spherical  shape.  Globular  proteins  are  generally  soluble 
in  water  and  are  mobile  within  cells. 

Myoglobin  is  found  in  the  cells  of 
skeletal   muscle,   particularly  in 

seals,  whales,  and  porpoises.  It 

stores  oxygen  in  cells  until  it 
is  needed  for  metabolic  activ- 

ities. Hemoglobin,  the  pro- 
tein that  transports  oxygen 

in  human  blood,  is  made  up  of 

four  heme-containing  subunits, 
each  of  which  is  very  similar  to 

myoglobin. The  coordination  environ- 
ment of  the  iron  in  myoglobin 

and  hemoglobin  is  illustrated 
schematically  in  Figure  24.11  ►. 
The  iron  is  coordinated  to  the 

four  nitrogen  atoms  of  the  porphyrin 

and  to  a  nitrogen  atom  from  the  protein 

chain.  The  sixth  position  around  the  iron  is  oc- 
cupied either  by  Cs  (in  oxyhemoglobin,  the  bright 
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red  form)  or  by  water  (in  deoxyhemoglobin,  the  purplish  rod  form).  The  oxy 

form  is  shown  in  Figure  24.1 1.  Some  substances,  such  as  CO,  arc  poisonous  be- 
cause they  bind  to  iron  more  strongly  than  does  O2. 

The  chlorophylls,  which  are  porphyrins  that  contain  Mg(II),  are  the  ke\ 
components  in  the  conversion  of  solar  energy  into  forms  that  can  be  used  by 
living  organisms,  [his  process,  called  photosynthesis,  occurs  in  the  leaves  ot 

green  plants.  In  photosynthesis,  carbon  dioxide  and  water  are  converted  to  car- 
bohydrate, with  the  release  of  oxygen: 

6C02(#)  +  6  H20(/) C6H1206(m7)  .  6  02(£) I24.h| 

The  product  of  this  reaction  is  the  sugar  glucose,  C„l  li:Oh,  which  serves  as  a 

fuel  in  biological  systems.  I  In-  formation  ot  one  mole  ot  glu- 
cose requires  the  absorption  ot  4<S  moles  ot  photons  from  sunlight  or  other 

sources  of  light.  The  photons  are  absorbed  by  chlorophyll-containing  pigments 
in  the  leaves  of  plants.  The  structure  of  the  most  abundant  chlorophyll,  called 

chlorophyll  a,  is  shown  in  Figure  24.12  ►. 

Chlorophylls  contain  a  Mg~*  ion  bound  to  tour  nitrogen  atoms  arranged 
around  the  metal  in  a  planar  array.  I  he  nitrogen  atoms  are  part  ot  a  porphine- 
like  ring  (Figure  24. 8).  The  series  of  alternating,  or  conjugated,  double  bonds  in 
the  ring  surrounding  the  metal  ion  is  similar  to  ones  found  in  many  organic 

dyes.  I  his  system  of  conjugated  double 
bonds  makes  it  possible  for  chlorophyll  to  absorb  light  strongly  in  the  visible 
region  of  the  spectrum,  which  corresponds  to  wavelengths  ranging  from 

400-700  nm.  Figure  24.13  V  compares  the  absorption  spectrum  of  chlorophyll 

to  the  distribution  of  visible  solar  energy  at  Earth's  surface.  Chlorophyll  is 
green  because  it  absorbs  red  light  (maximum  absorption  at  655  nm)  and  blue 

light  (maximum  absorption  at  430  nm)  and  transmits  green  light. 
The  solar  energy  absorbed  by  chlorophyll  is  converted  by  a  complex  series 

of  steps  ink)  chemical  energy  I  his  stored  energy  is  then  used  to  drive  the  reac- 
tion in  Equation  24. h  to  the  right,  a  direction  in  which  it  is  highly  endothermic. 

Plant  photosynthesis  is  nature's  solar-energy-conversion  machine;  all  living 
systems  on  Earth  depend  on  it  for  continued  existence  (Figure  24. 14  V). 

1  leme 

Protein  (globin) 

▲  Figure  24.11    Coordination  sphere  of 
oxymyoglobin  and  oxyhemoglobin.  The  iron 
is  bound  to  four  nitrogen  atoms  of  the  porphyrin, 
to  a  nitrogen  from  the  surrounding  protein,  and 
to  an  02  molecule. 

3-D  MODEL 

Chlorophyll  a 

CHo 

c  i  he  11 

CH2  HC— C=0 
CH2     ((KK  II, 

COOCwH-w 

▲  Figure  24.12   Chlorophyll  a.  All 
chlorophyll  molecules  are  essentially  alike,  they 
differ  only  in  details  of  the  side  chains 

400  500  600 

Wavelength  (nm) 7(H) 

▲  Figure  24.13   The  absorption  of  light  by  chlorophyll.  The 
absorption  spectrum  of  chlorophyll  (green  curve)  is  compared  with 
the  distribution  of  solar  radiation  at  ground  level  (red  curve). 

▲  Figure  24.14   Photosynthesis.  The  absorption  and 
conversion  of  solar  energy  that  occurs  in  leaves  provides  the 
energy  necessary  to  drive  all  the  living  processes  of  the  plant, 
including  growth. 
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CHEMISTRY  AND  LIFE  |  The  Battle  for  Iron  in  Living  Systems 

Although  iron  is  the  fourth  most  abundant  element  in  Earth's 
crust,  living  systems  have  difficulty  assimilating  enough 

iron  to  satisfy  their  needs.  Consequently  iron-deficiency  anemia 
is  a  common  problem  in  humans.  Chlorosis,  an  iron  deficiency 
in  plants  that  results  in  yellowing  of  leaves,  is  also  common- 

place. Living  svstems  have  difficulty  assimilating  iron  because 
most  iron  compounds  found  in  nature  are  not  very  soluble  in 
water.  Microorganisms  have  adapted  to  this  problem  by  secret- 

ing an  iron-binding  compound,  called  a  siderophore,  that  forms 
an  extremely  stable  water-soluble  complex  with  iron(IH).  One 
such  complex  is  called  ferrichrome;  its  structure  is  shown  in 

Figure  24.15  ▼.  The  iron-binding  strength  of  a  siderophore  is 
so  great  that  it  can  extract  iron  from  Pyrex  glassware,  and  it 
readily  solubilizes  the  iron  in  iron  oxides. 

The  overall  charge  of  ferrichrome  is  zero,  which  makes  it 

possible  for  the  complex  to  pass  through  the  rather  hydropho- 
bic walls  of  cells.  When  a  dilute  solution  of  ferrichrome  is 

added  to  a  cell  suspension,  iron  is  found  entirely  within  the 
cells  in  an  hour.  When  ferrichrome  enters  the  cell,  the  iron  is 

removed  through  an  enzyme-catalyzed  reaction  that  reduces 
the  iron(III)  to  iron(II).  Iron  in  the  lower  oxidation  state  is  not 
strongly  complexed  by  the  siderophore.  Microorganisms  thus 
acquire  iron  by  excreting  a  siderophore  into  their  immediate 
environment  and  then  taking  the  resulting  iron  complex  into 
the  cell.  The  overall  process  is  illustrated  in  Figure  24.16  ►. 

In  humans,  iron  is  assimilated  from  food  in  the  intestine.  A 

protein  called  transferrin  binds  iron  and  transports  it  across  the 
intestinal  wall  to  distribute  it  to  other  tissues  in  the  body.  The 

Cell  wall 

▲  Figure  24.15  Ferrichrome.  In  this  complex  an  Fe31  ion  is  coordinated 
by  six  oxygen  atoms.  The  complex  is  very  stable;  it  has  a  formation  constant  of 
about  1030.  The  overall  charge  of  the  complex  is  zero. 

Siderophore  p  3+ 

Ferrichrome 

▲  Figure  24.16   The  iron-transport  system  of  a  bacterial  cell.  The 
iron-binding  ligand,  called  a  siderophore,  is  synthesized  inside  the  cell  and 
excreted  into  the  surrounding  medium.  It  reacts  with  Fe3  ion  to  form 
ferrichrome,  which  is  then  absorbed  by  the  cell.  Inside  the  cell  the  ferrichrome 

is  reduced,  forming  Fe2 ' ,  which  is  not  tightly  bound  by  the  siderophore. 
Having  released  the  iron  for  use  in  the  cell,  the  siderophore  may  be  recycled 
back  into  the  medium. 

normal  adult  carries  a  total  of  about  4  g  of  iron.  At  any  one  time, 

about  3  g,  or  75"..,  of  this  iron  is  in  the  blood,  mostly  in  the  form 
of  hemoglobin.  Most  of  the  remainder  is  carried  by  transferrin. 

A  bacterium  that  infects  the  blood  requires  a  source  of 
iron  if  it  is  to  grow  and  reproduce.  The  bacterium  excretes  a 
siderophore  into  the  blood  to  compete  with  transferrin  for  the 
iron  it  holds.  The  formation  constants  for  iron  binding  are 
about  the  same  for  transferrin  and  siderophores.  The  more 

iron  available  to  the  bacterium,  the  more  rapidly  it  can  repro- 
duce, and,  thus,  the  more  harm  it  can  do.  Several  years  ago, 

New  Zealand  clinics  regularly  gave  iron  supplements  to  in- 
fants soon  after  birth.  However,  the  incidence  of  certain  bacte- 

rial infections  was  8  times  higher  in  treated  than  in  untreated 
infants.  Presumably,  the  presence  of  more  iron  in  the  blood 
than  absolutely  necessary  makes  it  easier  for  bacteria  to  obtain 
the  iron  needed  for  growth  and  reproduction. 

In  the  United  States  it  is  common  medical  practice  to  sup- 
plement infant  formula  with  iron  sometime  during  the  first 

year  of  life  because  human  milk  is  virtually  devoid  of  iron. 
Given  what  is  now  known  about  iron  metabolism  by  bacteria, 

many  research  workers  in  nutrition  believe  that  iron  supple- 
mentation is  not  generally  justified  or  wise. 

For  bacteria  to  continue  to  multiply  in  the  bloodstream, 
they  must  synthesize  new  supplies  of  siderophores.  Synthesis 
of  siderophores  in  bacteria  slows,  however,  as  the  temperature 

is  increased  above  the  normal  body  temperature  of  37°C,  and 
it  stops  completely  at  40°C.  This  suggests  that  fever  in  the 
presence  of  an  invading  microbe  is  a  mechanism  used  by  the 
body  to  deprive  bacteria  of  iron. 
Related  Exercise:  24.58 
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24.3  |  Nomenclature  of  Coordination  Chemistry  

When  complexes  were  ri rst  discovered  and  few  were  known,  thev  were  named 

after  the  chemist  who  originally  prepared  them.  A  few  of  these  names  persist; 
for  example,  the  dark  red  substance  NH4[Cr(NFh)2(NCS)4]  is  still  known  as 

Reinecke's  salt.  Once  the  structures  of  complexes  were  more  fully  understood, 
it  became  possible  to  name  them  in  a  more  systematic  manner.  Let's  consider 
two  examples: 

(  , 

[Co(NFhhCI]Cl2  Pentaamminechlorocobalt(III) 

Anion 

Chloride 

Na2[MoOCF 

Cation  .Anion 

Sodium  Tetrachlorooxomolybdate(I  V) 

These  examples  illustrate  how  coordination  compounds  are  named.  The  rules 
that  govern  naming  of  this  class  of  substances  are  as  follows: 

1.  /;/  naming  wits,  the  name  of  the  cation  is  given  before  the  name  of  the  anion.  Thus, 

in  [Co(NF-hhCllCI2  we  name  the  [Co(NH3)5Cl]2H  cation  and  then  CI  . 
2.  Within  a  complex  ion  or  molecule,  the  ligands  are  named  before  the  metal.  Ligands 

are  listed  in  alphabetical  order,  regardless  of  charge  on  the  ligand.  Prefixes  that  give 

the  number  of  ligands  are  not  considered  part  of  the  ligand  name  in  determining  al- 

phabetical order.  Thus,  in  the  |Co(NH-thCI|~*  ion  we  name  the  ammonia  lig- 
ands first,  then  the  chloride,  then  the  metal:  pentaamminechlorocobalt(III). 

In  writing  the  formula,  however,  the  metal  is  listed  first. 

3.  The  names  of  the  anionic  ligands  end  in  the  letter  o,  whereas  neutral  ones  ordinar- 
ily bear  the  name  of  the  molecules.  Some  common  ligands  and  their  names  are 

listed  in  Table  24.3  V.  Special  names  are  given  to  H20  (aqua),  Nil}  (am- 

mine),  and  CO  (carbonvl).  For  example,  [Fe(CN)2(NFh)2(H20)2| '  would  be 
named  as  diaamminediaquadicyanoiron(III)  ion. 

1  TABLE  24.3    Some  Common  Ligands  1 

Name  in Name  in 

Ligand Complexes Ligand Complexes 

Azide,  N3~ 
Azido 

Oxalate,  C2042 
Oxalate 

Bromide,  Br Bro  mo 

Oxide,  O2 

Oxo 

Chloride,  CI Chloro Ammonia,  NH3 Ammine 

Cyanide,  CI\P 
Cyano 

Carbon  monoxide,  CO 
Carbon  yl 

Fluoride,  F Fin  ore Ethylenediamine,  en Ethylenedia  mine 
Hydroxide,  OH Hydroxo 

Pyridine,  CSHSN Pyridine 

Carbonate,  CCv~ 
Carbonate Water,  H20 A  una 
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4.  Greek  prefixes  (di-,  tri-,  tetra-,  penta-,  and  hexa-)  are  used  to  indicate  the  num- 
ber of  each  kind  of  ligand  when  more  than  one  is  present.  If  the  ligand  itself  con- 

tains a  prefix  of  this  kind  (for  example,  ethylenediamine),  alternate  prefixes  are 

used  (bis-,  tris-,  tetrakis-,  pentakis-,  hexakis-)  and  the  ligand  name  is  placed  in 
parentheses.  For  example,  the  name  for  [Co(enh]I3r3  is  tris(ethylenedi- 
a  m  i  ne)coba  1 1  ( 1 1 1 )  bromide. 

5.  If  the  complex  is  an  anion,  its  name  ends  in  -ate.  Hie  compound  K4[Fe(CN)6]  is 

named  potassium  hexacyanoferrate(II),  for  example,  and  the  ion  [CoCl4]2 
is  named  tetrachlorocobaltate(II)  ion. 

6.  The  oxidation  number  of  the  metal  is  given  in  parentheses  in  Roman  numerals  fol- 
lowing the  name  of  the  metal. 

The  following  substances  and  their  names  demonstrate  the  application  of  these 
rules: 

[Ni(NH  Hexaamminenickel(II)  bromide 

[Co(en)2(H20)(CN)]Cl2  Aquacyanobis(ethylenediamine)cobalt(IlI)  chloride 
Na2[MoOCl4]  Sodium  tetrachlorooxomolvbdate(IV) 

■1  SAMPLE  EXERCISE  24.4  |  Naming  Coordination  Compounds 

Name  the  following  compounds:  (a)  [Cr(H20)4Cl2]Cl,  (b)  K4[Ni(CN)4]. 

Solution 

Analyze:  We  are  given  the  chemical  formulas  for  two  coordination  compounds,  and  we  are  assigned  the  task  of  naming  them. 
Plan:  To  name  the  complexes,  we  need  to  determine  the  ligands  in  the  complexes,  the  names  of  the  ligands,  and  the  oxidation 
state  of  the  metal  ion.  We  then  put  the  information  together  following  the  rules  listed  previously. 

Solve:  (a)  As  ligands,  there  are  four 
water  molecules,  which  are  indicat- 

ed as  tetraaqua,  and  two  chloride 
ions,  indicated  as  dichloro.  The  oxi- 

dation state  of  Cr  is  +3. 

Thus,  we  have  chromium(III).  Final- 
ly, the  anion  is  chloride.  Putting 

these  parts  together,  the  name  of  the 
compound  is 

(b)  The  complex  has  four  cyanide 

ions,  CN~,  as  ligands  which  we  in- dicate as  tetracyano.  The  oxidation 
state  of  the  nickel  is  zero. 

Because  the  complex  is  an  anion,  the 
metal  is  indicated  as  nickelate(O). 
Putting  these  parts  together  and 
naming  the  cation  first,  we  have 

■R  PRACTICE  EXERCISE 

Name  the  following  compounds:  (a)  [MofNH-OiBr^NO,,  (b)  (NH4)2[CuBr4].  (c)  Write  the  formula  for  sodium  diaquadioxala- 
toruthenate(III). 
Ansivers:  (a)  triamminetribromomolybdenum(IV)  nitrate,  (b)  ammonium  tetrabromocuprate(II)  (c)  Na[Ru(H20)2(C204)2] 

24.4  I  Isomerism 

When  two  or  more  compounds  have  the  same  composition  but  a  different 

arrangement  of  atoms,  we  call  them  isomers.  Isomerism — the  existence  of 
isomers — is  a  characteristic  feature  of  both  organic  and  inorganic  compounds. 
Although  isomers  are  composed  of  the  same  collection  of  atoms,  they  usually 
differ  in  one  or  more  physical  or  chemical  properties  such  as  color,  solubility,  or 

\  \  1  / 
[Cr(H;0)4Cl2]Cl 

tetraaquadichlorochromium(III)  chloride 

I    /  / 
K4[Ni(CN)4] 

potassium  tetracyanonickelate(O) 
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Isomers 

(same  formula,  different  properties) 
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Structural  isomers 
(different  bonds) 
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sphere  isomers 

Linkage 
i-  omers 
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Stereoisomers 
(same  bonds,  different  arrangements) 

/ 

Geometric 
isomers Optical isomers 

<  Figure  24.17  Forms  of  isomerism  in 
coordination  compounds. 

ANIMATION 
Isomerism 

rate  of  reaction  with  some  reagent.  We  will  consider  two  main  kinds  of  isomers 
in  coordination  compounds:  structural  isomers  (which  have  different  bonds) 
and  stereoisomers  (which  have  the  same  bonds  but  different  ways  in  which  the 
ligands  occupy  the  space  around  the  metal  center).  Each  of  these  classes  also 
has  subclasses,  as  shown  in  Figure  24. 1 7  ▲. 

Structural  Isomerism 

Manv  different  types  of  structural  isomerism  are  known  in  coordination  chem- 
istry. Figure  24.17  gives  two  examples:  linkage  isomerism  and  coordination- 

sphere  isomerism.  Linkage  isomerism  is  a  relatively  rare  but  interesting  type 
that  arises  when  a  particular  ligand  is  capable  of  coordinating  to  a  metal  in  two 

different  wavs.  The  nitrite  ion,  NOi  ,  for  example,  can  coordinate  through  ei- 

ther a  nitrogen  or  an  oxygen  atom,  as  shown  in  Figure  24.18  ▼.  When  it  coordi- 
nates through  the  nitrogen  atom,  the  NO2    ligand  is  called  nitro;  when  it 

coordinates  through  the  oxygen  atom,  it  is  called  nitrito  and  is  generally  written 

ONO~.  The  isomers  shown  in  Figure  24.18  have 
different  properties.  The  N-bonded  isomer  is  \  el- 
low,  for  example,  whereas  the  O-bonded  isomer 
is  red.  Another  ligand  capable  of  coordinating 

through  either  of  two  donor  atoms  is  thio- 
cyanate,  SCN  ,  whose  potential  donor  atoms  are 
N  and  S. 

Coordination-sphere  isomers  differ  in  the 
ligands  that  are  directly  bonded  to  the  metal,  as 
opposed  to  being  outside  the  coordination 
sphere  in  the  solid  lattice.  For  example,  there  are 
three  compounds  whose  molecular  formula  is 

CrCl3(H20)6:  [Cr(H20)6]Cl3  (a  violet  com- 
pound), [C^HoCOsCHCF'FhO  (a  green  com- 
pound), and  [Cr(H20)4Cl2]Cl«2  H20  (also  a 

green  compound).  In  the  two  green  compounds 

the  water  has  been  displaced  from  the  coordina- 
tion sphere  by  chloride  ions  and  occupies  a  site 

in  the  crystal  lattice. 

Stereoisomerism 

Stereoisomerism  is  the  most  important  form  of 
isomerism.  Stereoisomers  have  the  same  chem- 

ical bonds  but  different  spatial  arrangements. 

3-D  MODELS 

finkage  Isomers 

▼  Figure  24.18   Linkage  isomerism.  Yellow 
N-bound  isomer  (left)  and  red  0-bound  isomer 

(right)  of  [Co(NH;),,N02]2\ 

Nitro  isomer 

C  *  <* 

Nitrito  isomer 
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1 1 

(a) 

▲  Figure  24.19  Geometric  isomerism. 
Cis  and  (b)  trans  geometric  isomers  of  the 
square-planar  [Pt(NHj)2CI2]. 

3-D  MODELS 
Geometric  Isomers 

4 

trans 

(b) 

In  the  square-planar  complex  [PUNH^CIt],  for 
example,  the  chloro  ligands  can  be  either  adjacent  to 
or  opposite  each  other,  as  illustrated  in  Figure  24.19  < 
This  particular  form  of  isomerism,  in  which  the 
arrangement  of  the  constituent  atoms  is  different 

though  the  same  bonds  are  present,  is  called 
geometric  isomerism.  The  isomer  in  Figure  24.19(a), 

with  like  ligands  in  adjacent  positions,  is  called  the  cis 

isomer.  The  isomer  in  Figure  24.19(b),  with  like  lig- 
ands across  from  one  another,  is  called  the  trans  iso- 
mer. Geometric  isomers  generally  have  different 

properties,  such  as  colors,  solubilities,  melting  points, 

and  boiling  points.  They  may  also  have  markedly  different  chemical  reactivi- 

ties. For  example,  c/s-fPtfNH^C^],  also  called  cisplatin,  is  effective  in  the 
treatment  of  testicular,  ovarian,  and  certain  other  cancers,  whereas  the  trans 
isomer  is  ineffective. 

Geometric  isomerism  is  possible  also  in  octahedral  complexes  when  two  or 

more  different  ligands  are  present.  The  cis  and  trans  isomers  of  the  tetraam- 
minedichlorocobalt(III)  ion  were  shown  in  Figure  24.1.  As  noted  in  Section  24.1 
and  Table  24.1,  these  two  isomers  have  different  colors.  Their  salts  also  possess 
different  solubilities  in  water. 

Because  all  the  corners  of  a  tetrahedron  are  adjacent  to  one  another,  cis- 
trans  isomerism  is  not  observed  in  tetrahedral  complexes. 

■i  SAMPLE  EXERCISE  24.5  |  Determining  the  Number  of  Geometric  Isomers 

The  Lewis  structure  of  the  CO  molecule  indicates  that  the  molecule  has  a  lone  pair 
of  electrons  on  the  C  atom  and  one  on  the  O  atom  (=C  =  0:)-  When  CO  binds  to  a 
transition-metal  atom,  it  nearly  always  does  so  by  using  the  lone  pair  on  the  C 
atom.  How  many  geometric  isomers  are  there  for  tetracarbonyldichloroiron(II)? 
Solution 
Analyze:  We  are  given  the  name  of  a  complex  containing  only  monodentate  ligands, 
and  we  must  determine  the  number  of  isomers  the  complex  can  form. 
Plan:  We  can  count  the  number  of  ligands,  thereby  determining  the  coordination 
number  of  the  Fe  in  the  complex  and  then  use  the  coordination  number  to  predict  the 
geometry  of  the  complex.  We  can  then  either  make  a  series  of  drawings  with  ligands 
in  different  positions  to  determine  the  number  of  isomers,  or  we  can  deduce  the  num- 

ber of  isomers  by  analogy  to  cases  we  have  discussed. 
Solve:  The  name  indicates  that  the  complex  has  four  carbonyl  (CO)  ligands  and 
two  chloro  (CP)  ligands,  so  its  formula  is  Fe(CO)4Cl2.  The  complex  therefore  has  a 
coordination  number  of  6,  and  we  can  assume  that  it  has  an  octahedral  geometry. 

Like  [CotNFF^CLp  (Figure  24.1),  it  has  four  ligands  of  one  type  and  two  of  anoth- 
er. Consequently,  it  possesses  two  isomers:  one  with  the  CP  ligands  across  the 

metal  from  each  other  (frans-Fe(CO)4Cl2)  and  one  with  the  CP  ligands  adjacent 
(a's-Fe(CO)4Cl2). 

In  principle,  the  CO  ligand  could  exhibit  linkage  isomerism  by  binding  to  a  metal 
atom  via  the  lone  pair  on  the  O  atom.  When  bonded  this  way,  a  CO  ligand  is  called  an 
isocarbonyl  ligand.  Metal  isocarbonyl  complexes  are  extremely  rare,  and  we  do  not 
normally  have  to  consider  the  possibility  that  CO  will  bind  in  this  way. 
Comment:  It  is  easy  to  overestimate  the  number  of  geometric  isomers.  Sometimes 
different  orientations  of  a  single  isomer  are  incorrectly  thought  to  be  different  iso- 

mers. If  two  structures  can  be  rotated  so  that  they  are  equivalent,  they  are  not  isomers 
of  each  other.  The  problem  of  identifying  isomers  is  compounded  by  the  difficulty  we 
often  have  in  visualizing  three-dimensional  molecules  from  their  two-dimensional 
representations.  It  is  sometimes  easier  to  determine  the  number  of  isomers  if  we  use 
three-dimensional  models. 

Wm  PRACTICE  EXERCISE 

How  many  isomers  exist  for  square-planar  [Pt(NH3)2ClBr]? 
Answer:  two 
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Mirror Minor 

Left  hand 

Mirror  image  ol  left  hand 
is  identic  <il  to  right  hand 

(a) 

A  second  type  of  stereoisomerism  is  know  n  as  optical  isomerism.  Optical 
isomers,  called  enantiomers,  are  mirror  images  that  cannot  be  superimposed  on 
each  other.  They  bear  the  same  resemblance  to  each  other  that  vour  left  hand 
bears  to  your  right  hand.  If  von  look  at  your  left  hand  in  a  mirror,  the  image  is 

identical  to  your  right  hand  [Figure  24.20(a)  ▲  |  No  matter  how  hard  you  try,  how  - 
ever, you  cannot  superimpose  vour  two  hands  on  one  another.  An  example  of  <i 

complex  that  exhibits  this  type  of  isomerism  is  the  [Co(en)-j] '  ion.  Figure  24.20(b) 
shows  the  two  enantiomers  of  [Co(en)d  H  and  their  mirror-image  relationship  to 
each  other.  Just  as  there  is  no  way  that  we  can  twist  or  turn  our  right  hand  to  make 

it  look  identical  to  our  left,  so  also  there  is  no  way  to  rotate  one  of  these  enan- 
tiomers to  make  it  identical  to  the  other.  Molecules  or  ions  that  are  not  superim- 

posable  on  their  mirror  image  are  said  to  be  chiral  (pronounced  KY-rul).  Enzymes 
are  among  the  most  important  chiral  molecules  and,  as  noted  in  Section  24.2, 
many  enzymes  contain  complexed  metal  ions.  A  molecule  need  not  contain  a 

metal  atom  to  be  chiral,  however;  in  Section  25.7,  you  will  see  that  main'  organic 
molecules,  including  some  of  those  that  are  important  in  biochemistry  are  chiral. 

▲  Figure  24.20  Optical  isomerism.  Just  as 
our  hands  are  nonsuperimposable  mirror  images 
of  each  other  (a),  so  too  are  optical  isomers  such 

as  the  two  optical  isomers  of  [Co(en)5]3 '  (b). 

ANIMATION 
Chirality 

WM  SAMPLE  EXERCISE  24.6  |  Predicting  Whether  a  Complex  Has  Optical  Isomers 

Does  either  cis-  or  //w/s-fCofen^Cy   have  optical  isomers? 
Solution 

Analyze:  We  are  given  the  chemical  formula  for  two  structural  isomers,  and  we  are 
asked  to  determine  whether  either  one  has  optical  isomers.  The  en  ligand  is  a  biden- 
tate  ligand,  so  the  complexes  are  six-coordinate  and  octahedral. 
Plan:  We  need  to  sketch  the  structures  of  the  us  and  trans  isomers  and  their  mirror 

images.  We  can  draw  the  en  ligand  as  two  N  atoms  connected  by  a  line,  as  is  done  in 
Figure  24.20.  If  the  mirror  image  cannot  he  superimposed  on  the  original  structure, 
the  complex  and  its  mirror  image  are  optical  isomers. 
Solve:  The  trans  isomer  of  [CofenhCId   and  its  mirror  image  is 

where  the  dashed  vertical  line  represents  a  minor.  Notice  that  the  mirror  image  of  the 
trans  isomer  is  identical  to  the  original.  (It  you  rotate  the  left  drawing  of  the  trans  pair 

180°  about  its  vertical  axis,  the  structure  you  end  up  with  is  identical  to  the  right  draw- 
ing of  the  pair.)  Consequently  fnn;s-[Co(en)2CL|   does  not  exhibit  optical  isomerism. 

x||j 

3-D  MODELS 

|Co(en)(]''  Enantiomers 
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ANIMATION 
Optical  Activity 

T  Figure  24.21   Optical  activity.  Effect  of 
an  optically  active  solution  on  the  plane  of 
polarization  of  plane-polarized  light.  The 
unpolarized  light  is  passed  through  a  polarizer. 
The  resultant  polarized  light  thereafter  passes 
through  a  solution  containing  a  dextrorotatory 
optical  isomer.  As  a  result,  the  plane  of 
polarization  of  the  light  is  rotated  to  the  right 
relative  to  an  observer  looking  toward  the  light 

The  mirror  image  of  the  cis  isomer  of  of  [CofenJiCL]',  however,  cannot  be  su- 
perimposed on  the  original: 

Thus,  the  two  cis  structures  are  optical  isomers  (enantiomers):  c /s-ICoten^CUl  is  a 
chiral  complex. 

H  PRACTICE  EXERCISE 

Does  the  square-planar  complex  ion  [  Pt(Nhh)(N  OCIBr]   have  optical  isomers? 
Answer:  no 

Most  of  the  physical  and  chemical  properties  of  optical  isomers  are  iden- 
tical. The  properties  of  two  optical  isomers  differ  only  if  they  are  in  a  chiral 

environment — that  is,  one  in  which  there  is  a  sense  of  right-  and  lcft-handed- 
ness.  In  the  presence  of  a  chiral  enzyme,  for  example,  the  reaction  of  one  opti- 

cal isomer  might  be  catalyzed,  whereas  the  other  isomer  would  not  react. 

Consequently  one  optical  isomer  may  produce  a  specific  physiological  effect 
within  the  body,  whereas  its  mirror  image  produces  a  different  effect  or  none 

at  all.  Chiral  reactions  are  also  extremely  important  in  the  synthesis  of  phar- 
maceuticals and  other  industrially  important  chemicals. 

Optical  isomers  are  usually  distinguished  from  each  other  by  their  interac- 
tion with  plane-polarized  light.  If  light  is  polarized — for  example,  by  passage 

through  a  sheet  of  polarizing  film — the  light  waves  are  vibrating  in  a  single 

plane,  as  shown  in  Figure  24.21  T.  If  the  polarized  light  is  passed  through  a  solu- 
tion containing  one  optical  isomer,  the  plane  of  polarization  is  rotated  either  to 

the  right  (clockwise)  or  to  the  left  (counterclockwise).  The  isomer  that  rotates  the 
plane  of  polarization  to  the  right  is  dextrorotatory;  it  is  labeled  the  dextro,  or  d, 

isomer  (Latin  dexter,  "right").  Its  mirror  image  rotates  the  plane  of  polarization  to 

the  left;  it  is  levorotatory  and  is  labeled  the  levo,  or  /,  isomer  (Latin  laevus,  "left"). 
The  isomer  of  [Cofenhp  on  the  left  in  Figure  24.20(b)  is  found  experimentally 

to  be  the  /  isomer  of  this  ion.  Its  mirror  image  is  the  d  isomer.  Because  of  their  ef- 
fect on  plane-polarized  light,  chiral  molecules  are  said  to  be  optically  active. 

What  is  the  similarity  and  what  is  the  difference  between  the  d  and  /  isomers  of  a 

compound? source 

Unpolarized 
light 

Polarizing 

filter 
Angle  of rotation  of 

plane  of polarization 

source Light 

Optically  active solution 

In 

Polarizer Polarized 

light 
axis 

Analyzer 



24.5         Color  and  Magnetism  1043 

When  a  substance  with  optical  isomers  is  prepared  in  the  laboratory,  the 
chemical  env  ironment  during  the  synthesis  is  not  usually  chiral.  Consequently, 

equal  amounts  of  the  two  isomers  are  obtained;  tin-  mixture  is  said  to  be 
racemic.  A  racemic  mixture  will  not  rotate  polarized  light  because  the  rotatory 
effects  of  the  two  isomers  cancel  each  other.  In  order  to  separate  the  isomers 
from  the  racemic  mixture,  the  isomers  must  be  placed  in  a  chiral  environment. 

For  example,  one  optical  isomer  ot  the  chiral  tartrate  anion,*  C4H4O,,"  ,  can  be 
used  to  separate  a  racemic  mixture  of  |Co(enh|Ch.  If  (/-tartrate  is  added  to  an 
aqueous  solution  of  [Co(enh]Ch,  </-[Co(en)-,|  (J-C^F^OJCI  will  precipitate, 

leaving /-|Co(en)d  '   in  solution. 

24.5  I  Color  and  Magnetism 

Studies  of  the  colors  and  magnetic  properties  ot  transition-metal  complexes 
have  played  an  important  role  in  the  development  of  modern  models  tor  metal- 
ligand  bonding.  We  have  discussed  the  v  arious  types  ot  magnetic  behav  ior  in 
Section  23.7,  and  we  have  also  discussed  the  interaction  of  radiant  energy  with 

matter  in  Section  6.3.  Let's  briefly  examine  the  significance  ot  these  two  proper- 
ties for  transition-metal  complexes  before  we  try  to  develop  a  model  tor  metal- 

ligand  bonding. 

Color 

In  Figure  23.1^  we  saw  the  diverse  range  of  colors  exhibited  by  salts  of  transition- 
metal  ions  and  their  aqueous  solutions.  In  these'  examples  the 
coordination  sphere  about  the  metal  is  occupied  by  water  molecules.  In  general, 
the  color  of  a  complex  depends  on  the  particular  element,  its  oxidation  state,  and 
the  ligands  bound  to  the  metal.  Figure  24.22  ▼  shows  how  the  pale  blue  color 

characteristic  of  [CufFhO).)]-  changes  to  a  deep  blue  color  as  NH^  ligands  re- 

place H20  ligands  to  form  [Cu(NFh)4]2f. 

*  When  sodium  ammonium  tartrate,  N.iNI  I  (C  4 1 1  tO,,,  is  crystallized  from  solution,  the  two  optical 
isomers  form  separate  crystals  whose  shapes  are  mirror  images  of  each  other  In  IS4S  Louis  Pasteur 
achieved  the  first  separation  of  a  racemic  mixture  into  optical  isomers  in  an  unusual  way:  Under  a 
microscope,  he  separated  by  hand  the  "right-handed"  crystals  ol  this  compound  from  the  "left- 
handed"  ones. 
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600  nm 
500  nm 

Wavelength 
400  nm 

▲  Figure  24.23   Visible  spectrum.  The 
relationship  between  color  and  wavelength  for 
visible  light. 

650  nm 

560  nm 

430  nm  490  nm 

▲  Figure  24.24   Artist's  color  wheel. 
Colors  with  approximate  wavelength  ranges  are 
shown  as  wedges.  The  colors  that  are 
complementary  to  each  other  lie  opposite 
each  other. 

In  order  for  a  compound  to  have  color,  it  must  absorb  visible  light.  Visible 

light  consists  ot  electromagnetic  radiation  with  wavelengths  ranging  from  ap- 
proximately 400  to  700  nm.  White  light  contains  all  wave- 

lengths in  this  visible  region.  It  can  be  dispersed  into  a  spectrum  of  colors,  each 
of  which  has  a  characteristic  range  of  wavelengths,  as  shown  in  Figure  24.23  ▲. 

The  energy  of  this  or  any  other  electromagnetic  radiation  is  inversely  propor- 
tional to  its  wavelength: Hc/K 

[24.7] 

A  compound  will  absorb  visible  radiation  when  that  radiation  possesses  the  en- 
ergy needed  to  move  an  electron  from  its  lowest  energy  (ground)  state  to  some 

excited  state.  Thus,  the  particular  energies  of  radiation  that  a  sub- 
stance absorbs  dictate  the  colors  that  it  exhibits. 

When  a  sample  absorbs  visible  light,  the  color  we  perceive  is  the  sum  of  the 
remaining  colors  that  are  reflected  or  transmitted  by  an  object  and  strike  our 

eyes.  An  opaque  object  reflects  light,  whereas  a  transparent  one  transmits  it.  It 
an  object  absorbs  all  wavelengths  of  v  isible  light,  none  reaches  our  eyes  from 
that  object.  Consequently,  it  appears  black.  If  it  absorbs  no  visible  light,  it  is 
white  or  colorless.  If  it  absorbs  all  but  orange,  the  material  appears  orange.  We 
also  perceive  an  orange  color,  however,  when  visible  light  of  all  colors  except 
blue  strikes  our  eves.  Orange  and  blue  are  complementary  colors;  the  removal 
of  blue  from  white  light  makes  the  light  look  orange,  and  vice  versa.  Thus,  an 
object  has  a  particular  color  for  one  of  two  reasons:  (1)  It  reflects  or  transmits 

light  of  that  color;  (2)  it  absorbs  light  of  the  complementary  color.  Complemen- 

tary colors  can  be  determined  using  an  artist's  color  wheel,  shown  in 
Figure  24.24  ̂ .  The  wheel  shows  the  colors  of  the  visible  spectrum,  from  red  to 

violet.  Complementary  colors,  such  as  orange  and  blue,  appear  as  wedges  op- 
posite each  other  on  the  wheel. 

ACTIVITY 
Color  Wheel 

■I  SAMPLE  EXERCISE  24.7  |  Relating  Color  Absorbed  to  Color  Observed 

The  complex  ion  fnms-lCcKNH^^Cb]^  absorbs  light  primarily  in  the  red  region  of 
the  visible  spectrum  (the  most  intense  absorption  is  at  680  nm).  What  is  the  color 
of  the  complex? 

Solution 

Analyze:  We  need  to  relate  the  color  absorbed  by  a  complex  (red)  to  the  color  ob- 
served for  the  complex. 

Plan:  The  color  observed  for  a  substance  is  complementary  to  the  color  it  absorbs. 
We  can  use  the  color  wheel  of  Figure  24.24  to  determine  the  complementary  color. 
Solve:  From  Figure  24.24,  we  see  that  green  is  complementary  to  red,  so  the  complex 

appears  green. 
Comment:  As  noted  in  Section  24.1,  in  the  text  discussing  Table  24.1,  this  green  com- 

plex was  one  of  those  that  helped  Werner  establish  his  theory  of  coordination.  The 

other  geometric  isomer  of  this  complex,  c/s-[Co(NH3)4Cl2]+,  absorbs  yellow  light  and 
therefore  appears  violet. 

Hi  PRACTICE  EXERCISE 

The  [CrfFFOy2'  ion  has  an  absorption  band  at  about  630  nm.  Which  of  the  follow- 
ing colors — sky  blue,  yellow,  green,  or  deep  red — is  most  likely  to  describe  this  ion? 

Answer:  sky  blue 



24.6    |    Crystal-Field  Theory  1045 

Mlt 

Narrow  beam 

of  polychromatic  Narrow  beam  Graph  ical  display 
'ign'  Slit     of  monochromatic  of  spectrum 

^^^r
  light 

j  ^— _  j\A 
Source  of  '  *• 

visible  light  Prism  Sample I  )etector 

▲  Figure  24.25   Experimental  determination  of  an  absorption  spectrum.  The  prism  is  rotated  so 
that  different  wavelengths  of  light  pass  through  the  sample.  The  detector  measures  the  amount  of  light 
reaching  it,  and  this  information  can  be  displayed  as  the  absorption  at  each  wavelength.  The  absorbance  is  a 
measure  of  the  amount  of  light  absorbed. 

The  amount  of  light  absorbed  by  a  sample  as  a  function  of  wavelength  is 

known  as  its  absorption  spectrum.  The  visible  absorption  spectrum  of  a  transpar- 
ent sample  can  be  determined  as  shown  in  Figure  24.2^  ▲.  The  spectrum  of 

[Ti(H20)(l]3+,  which  we  will  discuss  in  Section  24.6,  is  shown  in  Figure  24. 2d  ►. 

The  absorption  maximum  of  [TifFhO^P*  is  at  about  500  run,  Because  the  sample 
absorbs  most  strongly  in  the  green  and  yellow  regions  of  the  visible  spectrum,  it 

appears  purple. 

Magnetism 

Many  transition-metal  complexes  exhibit  simple  paramagnetism,  as  described 
in  Sections  9.8  and  23.7.  In  such  compounds  the  individual  metal  ions  possess 
some  number  of  unpaired  electrons.  It  is  possible  to  determine  the  number  of 

unpaired  electrons  per  metal  ion  from  the  degree  of  paramagnetism.  The  ex- 
periments reveal  some  interesting  comparisons.  Compounds  of  the  complex 

ion  [Co(CN)h]3~  have  no  unpaired  electrons,  for  example,  but  compounds  of 
the  [CoFfc]  ion  have  four  unpaired  electrons  per  metal  ion.  Both  complexes 

contain  Co(III)  with  a  3</(1  electron  configuration.  Clearly,  there 
is  a  major  difference  in  the  ways  in  which  the  electrons  are  arranged  in  the 

metal  orbitals  in  these  two  cases.  Any  successful  bonding  theory  must  explain 
this  difference,  and  we  will  present  such  a  theory  in  Section  24. 6. 

9 GIVE  IT  SOMETHOI 

What  is  the  electron  configuration  for  (a)  the  Co  atom  and  (b)  the  Co^  ion?  How 
many  unpaired  electrons  does  each  possess?  (See  Section  7.4  to  review  electron 
configurations  of  ions.) 

(a) 

4(l(i       500       600  700 
Wavelength  (nm) (b) 

24.6  I  Crystal-Field  Theory 

Scientists  have  long  recognized  that  many  of  the  magnetic  properties  and  colors 

of  transition-metal  complexes  are  related  to  the  presence  of  ii  electrons  in  metal 
orbitals.  In  this  section  we  will  consider  a  model  for  bonding  in  transition-metal 

complexes,  called  the  crystal-field  theory,  that  accounts  for  main  of  the  ob- 

served properties  of  these  substances.* 
The  ability  of  a  metal  ion  to  attract  ligands  such  as  water  around  itsell  is  >i 

Lewis  acid-base  interaction.  I  The  base — that  is,  the  ligand— 
donates  a  pair  of  electrons  into  a  suitable  empty  orbital  on  the  metal,  as  shown 

▲  Figure  24.26   The  color  of  [Ti(H20)6]} 

(a)  A  solution  containing  the  [Ti(H?0)6]5'  ion. (b)  The  visible  absorption  spectrum  of  the 

[Ti(H20)h|i  ion. 

*  The  name  crystal  field  arose  because  the  theory  was  first  developed  to  explain  the  properties  ol  solid 
crystalline  materials,  such  as  ruby.  The  same  theoretical  model  applies  to  complexes  in  solution. 
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▲  Figure  24.27   Metal-ligand  bond 
formation.  The  ligand,  which  acts  as  a  Lewis 
base,  donates  charge  to  the  metal  via  a  metal 
hybrid  orbital.  The  bond  that  results  is  strongly 
polar,  with  some  covalent  character.  It  is  often 
sufficient  to  assume  that  the  metal-ligand 
interaction  is  entirely  electrostatic  in  character,  as 
is  done  in  the  crystal-field  model. 

set  (d-2,  dX2-vi) 

 t2  set  d/.u;,  </,-, ,/„-) 

Free  metal  ion 

/  Av  eraged  repulsions 
/  between  ligands  and 
/  d-electrons 

Metal  ion  plus  ligands 
(negative  point  charges) 

▲  Figure  24.28   Energies  of  d  orbitals  in 
an  octahedral  crystal  field.  On  the  left  the 
energies  of  the  d  orbitals  of  a  free  ion  are  shown. 
When  negative  charges  are  brought  up  to  the  ion, 
the  average  energy  of  the  d  orbitals  increases 
(center).  On  the  right  the  splitting  of  the  d  orbitals 
that  is  due  to  the  octahedral  field  is  shown. 

Because  the  repulsion  felt  by  the  dp  and  dp  f 
orbitals  is  greater  than  that  felt  by  the  dxy,  dX2, 
and  dy2,  orbitals,  the  five  d  orbitals  split  into  a 
lower-energy  set  of  three  (the  t2  set)  and  a 
higher-energy  set  of  two  (the  e  set). 

in  Figure  24.27  -4.  Much  of  the  attractive  in- 
teraction between  the  metal  ion  and  the 

surrounding  ligands  is  due,  however,  to  the 
electrostatic  forces  between  the  positive 
charge  on  the  metal  and  negative  charges 
on  the  ligands.  If  the  ligand  is  ionic,  as  in 

the  case  of  CI  or  SCNT,  the  electrostatic  in- 
teraction occurs  between  the  positive 

charge  on  the  metal  center  and  the  negative  charge  on  the  ligand.  When  the  lig- 

and is  neutral,  as  in  the  case  of  H20  or  .\IH-(,  the  negative  ends  of  these  polar 
molecules,  which  contain  an  unshared  electron  pair,  are  directed  toward  the 

metal.  In  this  case  the  attractive  interaction  is  of  the  ion-dipole  type. 
In  either  case  the  result  is  the  same:  The  ligands  are  attracted  strongly  to- 
ward the  metal  center.  Because  of  the  electrostatic  attraction  between  the  positive 

metal  ion  and  the  electrons  of  the  ligands,  the  complex  formed  by  the  metal  ion 
and  the  ligands  has  a  lower  energy  than  the  fully  separated  metal  and  ligands. 

Although  the  positive  metal  ion  is  attracted  to  the  electrons  in  the  ligands,  the 
d  electrons  on  the  metal  ion  feel  a  repulsion  from  the  ligands  (negative  charges 

repel  one  another).  Let's  examine  this  effect  more  closely,  and  particularly  for  the 
case  in  which  the  ligands  form  an  octahedral 

array  around  the  metal  ion.  For  the  crystal-field 
model,  we  consider  the  ligands  to  be  negative 

points  of  charge  that  repel  the  electrons  in  the  d 
orbitals.  Figure  24.28  A  shows  the  effects  of  these 

point  charges  on  the  energies  of  the  d  orbitals  in 
two  steps.  In  the  first  step  the  average  energy  of 

the  d  orbitals  is  raised  by  the  presence  of  the 

point  charges.  Hence,  all  five  d  orbitals  are  raised 
in  energy  by  the  same  amount.  In  the  second  step 
we  consider  what  happens  to  the  energies  of  the 
individual  d  orbitals  when  the  ligands  sit  in  an 
octahedral  arrangement. 

In  a  six-coordinate  octahedral  complex  we  can  envision  the  ligands  ap- 

proaching along  the  a-,  i/-,  and  r-axes,  as  shown  in  Figure  24.29(a)  ►;  this 
arrangement  is  called  an  octahedral  crystal  field.  Because  the  d  orbitals  on  the 
metal  ion  have  different  shapes,  they  do  not  all  have  the  same  energy  under  the 
influence  of  the  crystal  field.  To  see  why,  we  must  consider  the  shapes  of  the  d 
orbitals  and  how  their  lobes  are  oriented  relative  to  the  ligands. 

Figure  24.29(b-f)  shows  the  five  d  orbitals  in  an  octahedral  crystal  field.  Notice 
that  the  dz-  and  dx-  „-  orbitals  have  lobes  directed  along  the  X-,  and  ;-axes 
pointing  toward  the  point  charges,  whereas  the  dxy,  dxz,  and  dl/z  orbitals  have  lobes 
that  are  directed  between  the  axes  along  which  the  charges  approach.  The  high 

symmetry  of  the  octahedral  crystal  field  dictates  that  the  d:-  and  dx--u-  orbitals  ex- 
perience the  same  amount  of  repulsion  from  the  crystal  field.  Those  two  orbitals 

therefore  have  the  same  energy  in  the  presence  of  the  crystal  field.  Likewise,  the 

dxy,  dxz,  and  dyz  orbitals  experience  exactly  the  same  repulsion,  so  those  three  or- 
bitals stay  at  the  same  energy  Because  their  lobes  point  right  at  the  negative 

charges,  the  d:-  and  dx--t/-  orbitals  experience  stronger  repulsions  than  those  in 
the  dxy,  dxz,  and  dyz  orbitals.  As  a  result,  an  energy  separation,  or  splitting,  occurs 
betvv  een  the  three  low  er-energj  a  orbitals  (called  the  t2  set  of  orbitals)  and  the  two 

higher-energy  ones  (called  the  e  set),*  as  shown  on  the  right  side  of  Figure  24.28. 
The  energy  gap  between  the  two  sets  of  d  orbitals  is  labeled  A,  a  quantity  that  is 
often  called  the  crystal-field  splitting  energy. 

Splitting  because  of 
octahedral  crystal  field 

*  The  labels  for  the  (/,„,  <r,;,  and  du.  orbitals  and  e  for  the  if--  and  dx--u-  orbitals  come  from  the  ap- 
plication of  a  branch  of  mathematics  called  group  theory  to  crvstal-field  theory.  Group  theory  can  be 

used  to  analyze  the  effects  of  symmetry  on  molecular  properties. 
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GIVE  IT  SOME  THOUGHT 

Which  d  orbitals  have  lobes  that  point  directly  toward  the  negative  charges  in  an  oc- 
tahedral crystal  field? 

The  crystal-field  model  helps  us  account  for  the  observed  colors  in 
transition-metal  complexes.  The  energy  gap  between  the  </  orbitals,  A,  is  of  the 
same  order  of  magnitude  as  the  energy  of  a  photon  of  visible  light.  It  is  there- 

fore possible  for  a  transition-metal  complex  to  absorb  visible  light,  which  ex- 
cites an  electron  from  the  lower-energy  d  orbitals  into  the  higher-energy  ones. 

In  the  [Ti(H20)(1]3f  ion,  for  example,  the  Ti(III)  ion  has  an  [Ar]3tf'  electron  con- 
figuration (recall  that  when  determining  the  electron  configurations  of  transi- 
tion-metal ions,  we  remove  the  s  electrons  first).  I  i(  I II )  is  thus 

called  a  "d]  ion."  In  the  ground  state  of  [Ti(H20)6]~H  the  single  3d  electron  re- 
sides in  one  of  the  three  lower-energy  orbitals  in  the  N  set.  Absorption  of  light 

with  a  wavelength  of  4C>5  nm  (242  kj/mol)  excites  the  3d  electron  from  the 
lower  t2  set  to  the  upper  e  set  of  orbitals,  as  shown  in  Figure  24.30  generat- 

ing the  absorption  spectrum  shown  in  Figure  24. 26.  Because  this  transition  in- 
volves exciting  an  electron  from  one  set  of  d  orbitals  to  the  other,  we  call  it  a 

d-d  transition.  As  noted  earlier,  the  absorption  of  visible  radiation  that  pro- 

duces this  d-d  transition  causes  the  [THFhO),,]  ̂   ion  to  appear  purple. 

ill 

A  Figure  24.29   The  five  </ orbitals  in  an 
octahedral  crystal  field,  (a)  An  octahedral 
array  of  negative  charges  approaching  a  metal 
ion.  (b-f)  The  orientations  of  the  d  orbitals 
relative  to  the  negative  charges.  Notice  that  the 

lobes  of  the  c/,-'  and  d,-'  y-'  orbitals  (b  and  c) 
point  toward  the  charges,  whereas  the  lobes  of 

the  dKy,  dY,,  and  dX2  orbitals  (d-f)  point  between the  charges. 

.ight 

ol 

[95  nm 

▲  Figure  24.30   Electronic  transition 
accompanying  absorption  of  light.  The  Id 

electron  of  [Ti(H,0)6]5  is  excited  from  the  lower- 
energy  d  orbitals  to  the  higher-energy  ones  when 
irradiated  with  light  of  495-nm  wavelength. 
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Q    GIVE  IT  SOME  THOUGHT 

Why  are  compounds  of  Ti(IV)  colorless? 

The  magnitude  of  the  energy  gtip,  A,  and  consequently  the  color  of  a  com- 
plex depend  on  both  the  metal  and  the  surrounding  ligands.  For  example, 

[Fe(H20)6]34  is  light  violet,  [Cr(H20)6]v  is  violet,  and  [Cr(NH3)6]3+  is  yellow. 
Ligands  can  be  arranged  in  order  of  their  abilities  to  increase  the  energy  gap,  A. 

The  following  is  an  abbreviated  list  of  common  ligands  arranged  in  order  of  in- 
creasing A: 

 Increasing  A  » 

CI     :  F   <  H20  <  NFh  <  en  <  N02~(N-bonded)  <  CN 

This  list  is  known  as  the  spectrochemical  series.  The  magnitude  of  A  increases  by 
roughly  a  factor  of  2  from  the  far  left  to  the  far  right  of  the  spectrochemical  series. 

Ligands  that  lie  on  the  low-A  end  of  the  spectrochemical  series  are  termed 
weak-field  ligands;  those  on  the  high-A  end  are  termed  strong-field  ligands. 
Figure  24.31  T  shows  schematically  what  happens  to  the  crystal-field  splitting 
when  the  ligand  is  varied  in  a  series  of  chromium(III)  complexes.  Because  a  Cr 

atom  has  an  [Ar]3rf54s1  electron  configuration,  Cr'  has  an  [Ar]3tf3  electron  con- 
figuration; Cr(III),  therefore,  is  a  d 3  ion.  Consistent  with  Hund's  rule,  the  three  3d 

electrons  occupy  the  t2  set  of  orbitals,  with  one  electron  in  each  orbital  and  all  the 

spins  the  same.  As  the  field  exerted  by  the  six  surrounding  lig- 
ands increases,  the  splitting  of  the  metal  d  orbitals  increases.  Because  the  absorp- 

tion spectrum  is  related  to  this  energy  separation,  these  complexes  vary  in  color. 

►  Figure  24.31    Effect  of  ligand  on 
crystal-field  splitting.  This  series  of  octahedral 
chromium(lll)  complexes  illustrates  how  A,  the 
energy  gap  between  the  f2  and  e  orbitals, 
increases  as  the  field  strength  of  the  ligand 
increases. 
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■I  SAMPLE  EXERCISE  24.8  |  Using  the  Spectrochemical  Series 

Which  of  the  following  complexes  of  Ti3+  exhibits  the  shortest  wavelength  absorp- 
tion in  the  visible  spectrum:  [Ti(H20)e]3+,  [Ti(en)3]3+,  or  [TiCl6]3~? 

Solution 

Analyze:  We  are  given  three  octahedral  complexes,  each  containing  Ti  in  the  +3  oxi- 
dation state.  We  need  to  predict  which  complex  absorbs  the  shortest  wavelength  of 

visible  light. 

Plan:  Ti(III)  is  a  dl  ion,  so  we  anticipate  that  the  absorption  is  due  to  a  d-d  transition 
in  which  the  3d  electron  is  excited  from  the  lower-energy  f2  set  to  the  higher-energy  e 
set.  The  wavelength  of  the  light  absorbed  is  determined  by  the  magnitude  of  the  en- 

ergy difference,  A.  Thus,  we  use  the  position  of  the  ligands  in  the  spectrochemical  se- 
ries to  predict  the  relative  values  of  A.  The  larger  the  energy,  the  smaller  the 

wavelength  (Equation  24.7). 
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HUM 
Solve:  Of  the  three  ligands  invoked — ll:0,  en,  and  CI  — we  see  lh.it  ethylenedi- 
amine  (en)  is  highest  in  the  spectrochemical  series  and  w  ill  therefore  cause  the  largest 
splitting,  A,  of  the  /:  and  e  sets  ol  orbitals.  The  larger  the  splitting,  the  shorter  the 
wavelength  ol  the  light  absorbed.  Thus,  the  complex  that  absorbs  tin'  shortest-wave- 

length light  is  [Ti(en)-r  . 

M  PRACTICE  EXERCISE 

The  absorption  spectrum  of  |  I  i(PxiCS),,| '    show  s  ,1  band  that  lies  intermediate 
in  wav  elength  between  those  lor  [TiClh] '    and  [Iil  ,,]'  .  What  can  we  conclude 
about  the  place  of  NCS  in  the  spectrochemical  series1 
Answer:  It  lies  between  CI  and  F  ;  that  is,  CI    •    NCS   ■    F  . 

Ti3+,ad]  ion V  '  ,  a  d"  ion 

1  1 

Cr  +.  a  d  '  ion 

<  Figure  24.32   Electron  configurations 
in  octahedral  complexes.  Orbital  occupancies 
are  shown  for  complexes  with  one,  two,  and 
three  d  electrons  in  an  octahedral  crystal  field. 

Electron  Configurations  in  Octahedral  Complexes 

The  crystal-field  model  also  helps  lis  understand  the  magnetic  properties  and 

some  important  chemical  properties  of  transition-metal  ions.  From  I  lund's  rule, 
we  expect  that  electrons  will  always  occupy  the  lowest-energy  vacant  orbitals 
first  and  that  they  will  occupy  a  set  of  degenerate  orbitals  one  at  a  time  with  their 

spins  parallel Thus,  if  we  have  a  </  ,  ih,  or  d '  octahedral  com- 
plex, the  electrons  will  go  into  the  lower-energy  t2  set  of  orbitals,  with  their  spins 

parallel,  as  shown  in  Figure  24.32  A.  When  a  fourth  electron  must  be  added,  a 

problem  arises.  If  the  electron  is  added  to  a  lower-energy  t2  orbital,  an  energy 
gain  of  magnitude  A  is  realized,  as  compared  w  ith  placing  the  electron  in  a 

higher-energy  e  orbital.  There  is  a  penalty  for  doing  this,  however,  because  the 
electron  must  now  be  paired  up  with  the  electron  already  occupying  the  orbital. 

The  energy  required  to  do  this,  relativ  e  to  putting  it  in  another  orbital  with  paral- 
lel spin,  is  called  the  spin-pairing  energy.  The  spin-pairing  energy  arises  from 

the  greater  electrostatic  repulsion  of  two  electrons  that  share  an  orbital  as  com- 
pared with  two  that  are  in  different  orbitals  with  the  same  electron  spin. 

The  ligands  that  surround  the  metal  ion  and  the  charge  on  the  metal  ion  often 

play  major  roles  in  determining  which  of  the  two  electronic  arrangements  arises. 

In  both  the  [CoFhP  and  [Co(CN)h]1  ions,  the  ligands  hav  e  a  I  -  charge.  The  1 
ion,  however,  is  on  the  low  end  of  the  spectrochemical  series,  so  it  is  a  weak-field 
ligand.  The  CN  ion  is  on  the  high  end  of  the  spectrochemical  series,  so  it  is  a 

strong-field  ligand.  It  produces  a  larger  energy  gap  than  the  I  ion.  I  he  splittings 
of  the  (f-orbital  energies  in  these  two  complexes  are  compared  in  Figure  24.33  ►. 

Cobalt(III)  has  an  [Ar]3rf  electron  configuration,  so  these  are  both  du  com- 
plexes. Let's  imagine  that  we  add  these  six  electrons  one  at  a  time  to  the  il  orbitals 

of  the  CoFh1  ion.  The  first  three  will  go  into  the  lower-energy  /;>  orbitals  with 
their  spins  parallel.  The  fourth  electron  could  go  into  one  of  the  t2  orbitals,  pairing 
up  with  one  of  those  already  present.  Doing  so  would  result  in  an  energy  gain  of 

A  as  compared  with  putting  the  electron  in  one  of  the  higher-energy  c  orbitals. 
However,  it  would  cost  energy  in  an  amount  equal  to  the  spin-pairing  energy.  Be- 

cause F~  is  a  weak-field  ligand,  A  is  small,  and  the  more  stable  arrangement  is  the 
one  in  which  the  electron  is  placed  in  one  of  the  e  orbitals.  Similarly,  the  fifth  elec- 

tron we  add  goes  into  the  other  c  orbital.  With  all  of  the  orbitals  containing  at  least 

one  electron,  the  sixth  must  be  paired  up,  and  it  goes  into  a  lower-energy  t2  or- 
bital; we  end  up  with  four  of  the  electrons  in  the  t2  set  ot  orbitals  and  two  elec- 
trons in  the  e  set.  In  the  case  of  the  [Co(CN)h]  complex,  the  crystal-field  splitting 

is  much  larger.  The  spin-pairing  energy  is  smaller  than  A,  so  all  six  electrons  are 
paired  in  the  t2  orbitals,  as  illustrated  in  Figure  24.33. 

1 1 
[CoFhp 

L  U  11 

[Co(CN)f,]3 

A  Figure  24.33   High-spin  and  low-spin 
complexes.  Population  of  d  orbitals  are  compared 
for  the  high-spin  [CoFJ/  ion  (small  A)  and  the 
low-spin  [Co(CN)6|5  ion  (large  A)  Both 
complexes  contain  cobalt(lll),  which  has  six  Id 
electrons,  3cA 

ACTIVITY 
Crystal  Field  Theory  Chromium  Complexes 
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The  [CoF6P  complex  is  a  high-spin  complex;  that  is,  the  electrons  are 
arranged  so  that  they  remain  unpaired  as  much  as  possible.  The  [Co(CN)fSp 

ion,  on  the  other  hand,  is  a  low-spin  complex;  that  is,  the  electrons  are  arranged 
so  that  they  remain  paired  as  much  as  possible.  These  two  different  electronic 

arrangements  can  be  readily  distinguished  by  measuring  the  magnetic  proper- 
ties of  the  complex,  as  described  earlier.  The  absorption  spectrum  also  shows 

characteristic  features  that  indicate  the  electronic  arrangement. 

WM  SAMPLE  EXERCISE  24.9  |  Predicting  the  Number  of  Unpaired  Electrons  in  an 
Octahedral  Complex 

Predict  the  number  of  unpaired  electrons  in  six-coordinate  high-spin  and  low-spin 
complexes  of  Fe  . 
Solution 

Analyze:  We  must  determine  how  many  unpaired  electrons  there  are  in  the  high- 
spin  and  low-spin  complexes  of  the  metal  ion  Fe  . 

Plan:  We  need  to  consider  how  the  electrons  populate  d  orbitals  for  Fe3'  when  the 
metal  is  in  an  octahedral  complex.  There  are  two  possibilities:  one  giving  a  high-spin 
complex  and  the  other  giving  a  low-spin  complex.  The  electron  configuration  ol  Fe 
gives  us  the  number  of  d  electrons.  We  then  determine  how  these  electrons  populate 
the  N  set  and  e  set  of  d  orbitals.  In  the  high-spin  case,  the  energy  difference  between  the 
f2  and  e  orbitals  is  small,  and  the  complex  has  the  maximum  number  of  unpaired  elec- 

trons. In  the  low-spin  case,  the  energy  difference  between  the  to  and  e  orbitals  is  large, 
causing  the  N  orbitals  to  be  filled  before  any  electrons  occupy  the  e  orbitals. 
Solve:  Fe  is  a  d  ion.  In  a  high-spin  complex,  all  five  of  these  electrons  are  unpaired, 
with  three  in  the  t2  orbitals  and  two  in  the  e  orbitals.  In  a  low-spin  complex,  all  five 
electrons  reside  in  the  N  set  of  d  orbitals,  so  there  is  one  unpaired  electron: 

High  spin 

PRACTICE  EXERCISE 

I  o\s  spin 

1 1 1 11 

11 

1 

For  which  d  electron  configurations  in  octahedral  complexes  is  it  possible  to  distin- 
guish between  high-spin  and  low-spin  arrangements? 

Answer:  d\  d\  d'\  d7 

dxv,  dxv,  dx. 

dX2  u2,dz7 

▲  Figure  24.34  Energies  of  the  (/orbitals 
in  a  tetrahedral  crystal  field. 

Tetrahedral  and  Square-Planar  Complexes 

Thus  far  we  have  considered  the  crystal-field  model  only  for  complexes  hav- 
ing an  octahedral  geometry.  When  there  are  only  four  ligands  about  the 

metal,  the  geometry  is  generally  tetrahedral,  except  for  the  special  case  of 

metal  ions  with  a  d  electron  configuration,  which  we  will  discuss  in  a  mo- 
ment. The  crvstal-field  splitting  of  the  metal  d  orbitals  in  tetrahedral  complex- 

es differs  from  that  in  octahedral  complexes.  Four  equivalent  ligands  can 
interact  with  a  central  metal  ion  most  effectively  by  approaching  along  the 

vertices  of  a  tetrahedron.  It  turns  out — and  this  is  not  easy  to  explain  in  just  a 

few  sentences — that  the  splitting  of  the  metal  d  orbitals  in  a  tetrahedral  crys- 
tal is  just  the  opposite  of  that  for  the  octahedral  case.  That  is,  the  three  metal  d 

orbitals  in  the  f2  set  are  raised  in  energy,  and  the  two  orbitals  in  the  c  set  are 
lowered,  as  illustrated  in  Figure  24.34  4.  Because  there  are  only  four  ligands 

instead  of  six,  as  in  the  octahedral  case,  the  crystal-field  splitting  is  much 
smaller  for  tetrahedral  complexes.  Calculations  show  that  for  the  same  metal 

ion  and  ligand  set,  the  crystal-field  splitting  for  a  tetrahedral  complex  is  only 
four-ninths  as  large  as  for  the  octahedral  complex.  For  this  reason,  all  tetrahe- 

dral complexes  are  high  spin;  the  crystal  field  is  never  large  enough  to  over- 
come the  spin-pairing  energies. 
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Square-planar  complexes,  in  which  tour  ligands  are  arranged  about  the 
metal  ion  in  a  plane,  can  be  env  isioned  as  formed  by  removing  two  ligands 

from  along  the  vertical  z-axis  of  the  octahedral  complex.  The  changes  that 
occur  in  the  energy  levels  of  the  d  orbitals  are  illustrated  in  Figure  24.3^  ►. 
Note  in  particular  that  the  d-  orbital  is  now  considerably  lower  in  energy 

than  the  dx-  lf-  orbital  because  the  ligands  along  the  vertical  ;-axis  have  been 
removed. 

Square-planar  complexes  are  characteristic  of  metal  ions  with  a  </s  electron 
configuration.  They  are  nearly  always  low  spin;  that  is,  the  eight  (/  electrons  are 

spin-paired  to  form  a  diamagnetic  complex.  Such  an  electronic  arrangement  is 
particularly  common  among  the  ions  of  heavier  metals,  such  as  Pd   ,  IV,  Ir  , 

3+ and  A u 

■i  SAMPLE  EXERCISE  24.10  |  Populating  d  Orbitals  in  Tetrahedral  and  Square- 
Planar  Complexes 

Four-coordinate  nickel(II)  complexes  exhibit  both  squa re-planar  and  tetrahedral 
geometries.  The  tetrahedrai  ones,  such  as  [NiCI4]-  ,  are  paramagnetic;  the  square-pla- 

nar ones,  such  as  |Ni(CN)_||-  -  iiri-'  diamagnetic.  Show  how  the  d  electrons  of  nickel(II) 
populate  the  d  orbitals  in  the  appropriate  crystal-field  splitting  diagram  in  each  cast'. 
Solution 

Analyze:  We  are  given  two  complexes  containing  Ni*  ,  a  tetrahedral  one  and  a 
square-planar  one.  We  are  asked  to  use  the  appropriate  crystal-field  diagrams  to  de- 

scribe how  the  d  electrons  populate  the  d  orbitals  in  each  case. 

Plan:  We  need  to  first  determine  the  number  of  d  electrons  possessed  by  Ni~'  and 
then  use  Figure  24.34  for  the  tetrahedral  complex  and  Figure  24. 35  for  the  square-pla- 

nar complex. 
Solve:  Nickel(II)  has  an  electron  configuration  of  [Ar]3t(  .  The  population  of  the  d 
electrons  in  the  two  geometries  is 

1|        '         '  ./.,./:,-./. 

dX2  V2,d,2 
dxz,  du: 

Tetrahedral 
Square  planar 

Comment:  Notice  that  the  tetrahedral  complex  is  paramagnetic  with  two  unpaired 
electrons,  whereas  the  square-planar  complex  is  diamagnetic. 

H  PRACTICE  EXERCISE 

How  many  unpaired  electrons  do  you  predict  for  the  tetrahedral  [C0CI4]"  ion7 Ansiver:  three 

ex 

dxz,  d„. Octahedral    Square  planar 

▲  Figure  24.35    Energies  of  the  d  orbitals 
in  a  square-planar  crystal  field.  The  boxes  on 
the  left  show  the  energies  of  the  d  orbitals  in  an 
octahedral  crystal  field  As  the  two  negative 

charges  along  the  z-axis  are  removed,  the 
energies  of  the  d  orbitals  change,  as  indicated  by 
the  lines  between  the  boxes.  When  the  charges 

are  completely  removed,  the  square-planar 
geometry  results,  giving  the  splitting  of  (/-orbital 
energies  represented  by  the  boxes  on  the  right. 

ACTIVITY 
Octahedral  vs.  Square  Planar 

We  have  seen  that  the  crystal-field  model  provides  a  basis  for  explaining 
many  features  of  transition-metal  complexes.  In  fact,  it  can  be  used  to  explain 
many  observations  in  addition  to  those  we  have  discussed.  Many  lines  of  evi- 

dence show,  however,  that  the  bonding  between  transition-metal  ions  and  ligands 
must  have  some  covalent  character.  Molecular-orbital  theory 

3)  can  also  be  used  to  describe  the  bonding  in  complexes,  although  the  ap- 
plication of  molecular-orbital  theory  to  coordination  compounds  is  beyond  the 

scope  of  our  discussion.  The  crystal-field  model,  although  not  entirely  accurate  in 
all  details,  provides  an  adequate  and  useful  first  description  of  the  electronic  struc- 

ture of  complexes. 
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Charge-Transfer  Col 

▲  Figure  24.36   Effect  of  charge-transfer  transitions.  The  compounds  KMn04,  K2Cr04,  and  KCI04  are  shown  from  left  to  right.  The  KMn04  and  K2Cr04 
are  intensely  colored  because  of  ligand-to-metal  charge  transfer  (LMCT)  transitions  in  the  Mn04  and  Cr042  anions.  There  are  no  valence  d  orbitals  on  CI,  so  the 
charge-transfer  transition  for  CI04  requires  ultraviolet  light  and  KCI04  is  white. 

n  the  laboratory  portion  of  your  course,  you  have  probably 
seen  many  colorful  compounds  of  the  transition  metals. 

Many  of  these  exhibit  color  because  of  d-d  transitions,  in 
which  visible  light  excites  electrons  from  one  d  orbital  to  an- 

other. There  are  other  colorful  transition-metal  complexes, 
however,  that  derive  their  color  from  a  rather  different  type  of 

excitation  involving  the  d  orbitals.  Two  such  common  sub- 
stances are  the  deep  violet  permanganate  ion  (MnQ4  )  and  the 

bright  yellow  chromate  ion  (Cr04~  ),  salts  of  which  are  shown 
in  Figure  24.3b  ▲.  Both  Mn04  and  CrQ42  are  tetrahedral 
complexes. 

The  permanganate  ion  strongly  absorbs  visible  light  with 
a  maximum  absorption  at  a  wav  elength  of  565  nm.  The  strong 

absorption  in  the  yellow  portion  of  the  visible  spectrum  is  re- 
sponsible for  the  violet  appearance  of  salts  and  solutions  of  the 

ion  (violet  is  the  complementary  color  to  yellow).  What  is  hap- 
pening during  this  absorption?  The  Mn04  ion  is  a  complex  of 

Mn(  VII),  which  has  a  </"  electron  configuration.  As  such,  the  ab- 
sorption in  the  complex  cannot  be  due  to  a  d-d  transition  be- 

cause there  are  no  d  electrons  to  excite!  That  does  not  mean, 
however,  that  the  d  orbitals  are  not  involved  in  the  transition. 

The  excitation  in  the  Mn04  ion  is  due  to  a  charge-transfer  tran- 
sition, in  which  an  electron  on  one  of  the  oxygen  ligands  is  ex- 

cited into  a  vacant  d  orbital  on  the  Mn  atom  (Figure  24.37  ►). 
In  essence,  an  electron  is  transferred  from  a  ligand  to  the  metal, 

st>  this  transition  is  called  a  ligand-to-metal  charge-transfer 
(LMCT)  transition.  An  LMCT  transition  is  also  responsible  for 

the  color  of  the  Cr04"  ,  which  is  a  d°  Cr(VI)  complex.  Also 
shown  in  Figure  24. 3h  is  a  salt  of  the  perchlorate  ion  (C1Q4  ). 

Like  Mn04  ,  the  C104  is  tetrahedral  and  has  its  central  atom 
in  the  +7  oxidation  state.  However,  because  the  CI  atom  does- 

n't have  low-King  d  orbitals,  exciting  an  electron  requires  a 
more  energetic  photon  than  for  MnQ4  .  The  first  absorption 
for  C104  is  in  the  ultrav  iolet  portion  of  the  spectrum,  so  all  the 
visible  light  is  transmitted  and  the  salt  appears  white. 

Other  complexes  exhibit  charge-transfer  excitations  in 
which  an  electron  from  the  metal  atom  is  excited  to  an  empty 

orbital  on  a  ligand.  Such  an  excitation  is  called  a  metal-to-ligand 
charge-transfer  (MLCT)  transition. 

Charge-transfer  transitions  are  generally  more  intense 
than  d-d  transitions.  Many  metal-containing  pigments  used 
for  oil  painting,  such  as  cadmium  yellow  (CdS),  chrome  yel- 

low (PbCr04),  and  red  ochre  (FeiOd,  have  intense  colors  be- 
cause of  charge-transfer  transitions. 

Related  Exercise:  24.67 

— 

Empty  Mn  3d  orbitals 
 f,  set 

e  set 

<  Figure  24.37  Ligand-to- metal  charge  transfer  (LMCT) 

transition  in  Mn04  " .  As  shown  by 
the  blue  arrow,  an  electron  is  excited 
from  a  nonbonding  pair  on  0  into 
one  of  the  empty  d  orbitals  on  Mn. 

Filled  ligand  orbitals 

■I  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

The  oxalate  ion  has  the  Lewis  structure  shown  in  Table  24.2.  (a)  Show  the  geometrical 
structure  of  the  complex  formed  by  coordination  of  oxalate  to  cobalt(II),  forming 
[Co(C204)(H20)4].  (b)  Write  the  formula  for  the  salt  formed  upon  coordination  of 

three  oxalate  ions  to  Co(Il),  assuming  that  the  charge-balancing  cation  is  Na*. (c)  Sketch  all  the  possible  geometric  isomers  for  the  cobalt  complex  formed  in  part 
(b).  Are  any  of  these  isomers  chiral?  Explain,  (d)  The  equilibrium  constant  for  the  for- 

mation of  the  cobalt(II)  complex  produced  by  coordination  of  three  oxalate  anions,  as 

in  part  (b),  is  5.0  X  l(f'.  By  comparison,  the  formation  constant  for  formation  of  the 
cobalt(II)  complex  with  three  molecules  of  orffro-phenanthroline  (Table  24.2)  is 



9  x  10  .  From  these  results,  what  conclusions  can  you  draw  regarding  the  relative 
Lewis  base  properties  ot  the  two  ligands  toward  cobalt(II)?  (e)  Using  the  approach 
described  in  Sample  Exercise  17. 14,  calculate  the  concentration  of  live  aqueous  Co(ll) 
ion  in  a  solution  initially  containing  0.040  M  oxalate  ion  and  0.0010  M  Co  (aq). 
Solution 

(a)  The  complex  formed  by  coordination  ot  one  oxalate  ion  is  octahedral: 

4 
H20 

(b)  Because  the  oxalate  ion  has  a  charge  of  2-,  the  net  charge  of  a  complex  with 
three  oxalate  anions  and  one  Co  ion  is  4-.  Therefore,  the  coordination  compound 
has  the  formula  Na^CofCoO.^]. 

(c)  There  is  only  one  geometric  isomer.  The  complex  is  chiral,  however,  in  the  same 

way  as  the  [Co(enhP*  complex,  shown  in  Figure  24.20(b).  These  two  mirror  images  are not  superimposable,  so  there  are  two  enantiomers: 

(d)  The  orf/io-phenanthroline  Iigand  is  bidentate,  like  the  oxalate  ligand,  so  they  both 
exhibit  the  chelate  effect.  Thus,  we  can  conclude  that  orf/jo-phenanthroline  is  a  stronger 
Lewis  base  toward  Ccrf  than  oxalate.  This  conclusion  is  consistent  with  what  we  learned 
about  bases  in  Section  16.7,  namely  that  nitrogen  bases  are  generally  stronger  than  oxy- 

gen bases.  (Recall,  for  example,  that  NH  ̂   is  a  stronger  base  than  FLO.  ) 
(e)  The  equilibrium  we  must  consider  involves  three  moles  of  oxalate  ion  (repre- 

sented as  Ox~~). 

Co2+(nq)  +  3  Ox2  (nq)  =i  |Co(Oxh|4  (nq) 

The  formation-constant  expression  is 

=  [[Co(Ox)3]4-] '  [Co2+][Ox2-]3 

Because  Kf  is  so  large,  we  can  assume  that  essentially  all  of  the  Co  H  is  converted  to 
the  oxalato  complex.  Under  that  assumption,  the  final  concentration  ot  (C  o(Ox)  ;| '  is 
0.0010  M  and  that  of  oxalate  ion  is  [Ox2  ]  =  (0.040)  -  3(0.0010)  =  0.037  M  (three 
Ox~  ions  react  with  each  Co    ion).  We  then  have 

[Co2+]  =  xM,  [Ox2-]  =  0.037  M,  [[Co(Ox)3]4  )  =  0.0010  M 

Inserting  these  values  into  the  equilibrium-constant  expression,  we  have 
(0.0010) 

Kf  =  =  5  X  109 '  x(0.037)3 

Solving  for  v,  we  obtain  4  X  10  M.  From  this,  we  can  see  that  the  oxalate  has  com- 

plexed  all  but  a  tiny  fraction  of  the  Co"'  present  in  solution. 
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SUMMARY  AND  KEY  TERMS 

Sections  24.1  Coordination  compounds  are  sub- 
stances that  contain  metal  complexes;  metal  complexes 

contain  metal  ions  bonded  to  several  surrounding  anions 

or  molecules  known  as  ligands.  The  metal  ion  and  its  lig- 
ands  comprise  the  coordination  sphere  of  the  complex. 
The  atom  of  the  ligand  that  bonds  to  the  metal  ion  is  the 
donor  atom.  The  number  of  donor  atoms  attached  to  the 
metal  ion  is  the  coordination  number  of  the  metal  ion. 

The  most  common  coordination  numbers  are  4  and  6;  the 

most  common  coordination  geometries  are  tetrahedral, 
square  planar,  and  octahedral. 

Sections  24.2  and  24.3  Ligands  that  occupy  only  one  site 
in  a  coordination  sphere  are  called  monodentate  ligands.  If 

a  ligand  has  several  donor  atoms  that  can  coordinate  simul- 
taneously to  the  metal  ion,  it  is  a  polydentate  ligand  and  is 

also  referred  to  as  a  chelating  agent.  Two  common  exam- 
ples are  ethylenediamine,  denoted  en,  which  is  a  bidentate 

ligand,  and  the  ethylenediaminetetraacetate  ion,  [EDTA)4  , 
which  has  six  potential  donor  atoms.  In  general,  chelat- 

ing agents  form  more  stable  complexes  than  do  related 
monodentate  ligands,  an  observation  known  as  the 
chelate  effect.  Many  biologically  important  molecules, 

such  as  the  porphyrins,  are  complexes  of  chelating 
agents.  A  related  group  of  plant  pigments  known  as 
chlorophylls  are  important  in  photosynthesis,  the 
process  by  which  plants  use  solar  energy  to  convert  COi 
and  FhO  into  carbohydrates. 

As  in  the  nomenclature  of  other  inorganic  com- 
pounds, specific  rules  are  followed  tor  naming  coordina- 

tion compounds.  In  general,  the  number  and  type  of 
ligands  attached  to  the  metal  ion  are  specified,  as  is  the 
oxidation  state  of  the  metal  ion. 

Sections  24.4  Isomers  are  compounds  with  the  same 
composition  but  different  arrangements  of  atoms  and 
therefore  different  properties.  Structural  isomers  differ 
in  the  bonding  arrangements  of  the  ligands.  One  simple 

form  of  structural  isomerism,  known  as  linkage  iso- 
merism, occurs  when  a  ligand  is  capable  of  coordinating 

to  a  metal  ion  through  either  of  two  donor  atoms. 

Coordination-sphere  isomers  contain  different  ligands 
in  the  coordination  sphere. 

Stereoisomers  are  isomers  with  the  same  chemical 

bonding  arrangements  but  different  spatial  arrangements 
of  ligands.  The  most  common  forms  of  stereoisomerism 

are  geometric  isomerism  and  optical  isomerism.  Geo- 
metric isomers  differ  from  one  another  in  the  relative  loca- 

tions of  donor  atoms  in  the  coordination  sphere;  the  most 

common  are  cis-trans  isomers.  Optical  isomers  are  non- 
superimposable  mirror  images  of  one  another.  Geometric 
isomers  differ  from  one  another  in  their  chemical  and 

physical  properties;  optical  isomers  or  enantiomers  are 

chiral,  howev  er,  meaning  that  they  have  a  specific  "hand- 

edness" and  they  differ  only  in  the  presence  of  a  chiral  en- 
vironment. Optical  isomers  can  be  distinguished  from  one 

another  by  their  interactions  with  plane-polarized  light; 
solutions  of  one  isomer  rotate  the  plane  of  polarization  to 
the  right  (dextrorotatory),  and  solutions  of  its  mirror 
image  rotate  the  plane  to  the  left  (levorotatory).  Chiral 

molecules,  therefore,  are  optically  active.  A  50-30  mixture 
of  two  optical  isomers  does  not  rotate  plane-polarized 
light  and  is  said  to  be  racemic. 

Sections  24.5  Studies  ol  the  colors  and  magnetic  prop- 

erties of  transition-metal  complexes  have  played  impor- 
tant roles  in  the  formulation  of  bonding  theories  for  these 

compounds.  A  substance  has  a  particular  color  because  it 

either  (1 )  reflects  or  transmits  light  of  that  color  or  (2)  ab- 
sorbs light  of  the  complementary  color.  The  amount  of 

light  absorbed  by  a  sample  as  a  function  of  wavelength  is 
known  as  its  absorption  spectrum.  The  light  absorbed 

provides  the  energy  to  excite  electrons  to  higher-energv 
states. 

It  is  possible  to  determine  the  number  of  unpaired 
electrons  in  a  complex  from  its  degree  of  paramagnetism. 
Compounds  with  no  unpaired  electrons  are  diamagnetic. 

Sections  24.6  The  crystal-field  theory  successfully  ac- 
counts for  many  properties  of  coordination  compounds, 

including  their  color  and  magnetism.  In  this  model  the  in- 
teraction between  metal  ion  and  ligand  is  viewed  as  elec- 
trostatic. Because  some  d  orbitals  are  pointing  right  at  the 

ligands  whereas  others  point  between  them,  the  ligands 
split  the  energies  of  the  metal  d  orbitals.  For  an  octahedral 

complex,  the  d  orbitals  are  split  into  a  lower-energy 
set  of  three  degenerate  orbitals  (the  ti  set)  and  a  higher- 
energv  set  of  two  degenerate  orbitals  (the  e  set).  Visible 

light  can  cause  a  d-d  transition,  in  which  an  electron  is  ex- 
cited from  a  lower-energv  d  orbital  to  a  higher-energy  d 

orbital.  The  spectrochemical  series  lists  ligands  in  order 

of  their  ability  to  split  the  if-orbital  energies  in  octahedral 

complexes. 
Strong-field  ligands  create  a  splitting  of  rf-orbital  en- 

ergies that  is  large  enough  to  overcome  the  spin-pairing 
energy.  The  d  electrons  then  preferentially  pair  up  in  the 

lower-energy  orbitals,  producing  a  low-spin  complex. 
When  the  ligands  exert  a  weak  crystal  field,  the  splitting 
of  the  d  orbitals  is  small.  The  electrons  then  occupy  the 

higher-energy  d  orbitals  in  preference  to  pairing  up  in  the 
lower-energy  set,  producing  a  high-spin  complex. 

The  crystal-field  model  also  applies  to  tetrahedral 

and  square-planar  complexes,  which  leads  to  different  d- 
orbital  splitting  patterns.  In  a  tetrahedral  crystal  field,  the 

splitting  of  the  d  orbitals  is  exactly  opposite  that  of  the  oc- 
tahedral case.  The  splitting  by  a  tetrahedral  crystal  field  is 

much  smaller  than  that  of  an  octahedral  crystal  field,  so 

tetrahedral  complexes  are  always  high-spin  complexes. 
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VISUALIZING  CONCEPTS 

24.1  (a)  Draw  the  structure  for  Pt(en)C  l2.  (b)  What  is  the  co- 
ordination number  tor  platinum  in  this  complex,  and 

what  is  tlic  coordination  geometry?  (c)  What  is  the  oxi- 
dation state  of  the  platinum?  [Section  24. 1  ] 

24.2  Draw  the  Lewis  structure  for  the  ligand  shown  below, 

(a)  Which  atoms  can  serve  as  donor  atoms1  (.  lassify  this 
ligand  as  monodentate,  bidentate,  or  tridentate.  (b)  I  low 
many  ol  these  ligands  are  needed  to  till  the  coordination 
sphere  in  an  octahedral  complex?  [Section  24.2] 

24.d  Assume  that  the  two  solutions  shown  below  ha\  e  an  ab- 
sorption spectrum  with  a  single  absorption  peak  like 

that  shown  in  Figure  24.2(->.  What  color  does  each  solu- 
tion absorb  most  strongly?  [Section  24.3] 

NH.CH.CH.NHCH.CO- 

24.3  The  complex  ion  shown  below  has  a  I  -  charge.  Name 
the  complex  ion.  [Section  24.3] 

9 

0 9 

=  N 

=  CI 

I  I 

Pt 

24.4  There  are  two  geometric  isomers  of  octahedral  complex- 
es of  the  type  MA-jX^,  where  M  is  a  metal  and  A  and  X 

are  monodentate  ligands.  Of  the  complexes  shown  here, 
which  are  identical  to  (1)  and  w  hich  are  the  geometric 
isomers  of  (1 )?  [Section  24.4] 

24.5  Which  of  the  following  complexes  are  chiral?  Explain. 
[Section  24.4] 

*J  =  Cr     J~*$  =  NH.CH.CH.NH,     J  =  CI  J=NH, 

in 

7 

(2) 

(  i) 

J 

(  1) 

24.7  Consider  the  follow  ing  crystal-field  splitting  diagrams. 
Select  the  one  that  tits  each  ol  the  following  descrip- 

tions: (a)  a  weak-field  octahedral  complex  of  Fe  '  ,  (b)  a 
strong-field  octahedral  complex  of  Fe  ,  (c)  a  tetrahe- 

dral  complex  of  Fe  '  ,  (d)  a  tetrahedral  complex  of  Nr"1 
(The  diagrams  do  not  indicate  the  relative  magnitudes 
of  A.  )  [Section  24.6] 

11 1 1 1 1 1 1 1 

(2) 

I  5) 

(4) 

24.8  Consider  the  linear  crystal  field  shown  below,  in  which 

the  negative  charges  are  on  the  z-axis.  Using  Figure 
24. 2s1  as  a  guide,  predict  whk  h  d  orbital  has  lobes  closest 
to  the  charges.  Which  two  have  lobes  farthest  from  the 

charges?  Predict  the  crystal-field  splitting  ol  the  </  or- 
hitals  in  linear  e  omplexes.  [Se<  turn  24.<i| 
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EXERCISES 

Introduction  to  Metal  Complexes 

24.9  (a)  Define  the  italicized  phrases  in  the  following  sen- 
tence: A  metal  complex  is  found-in  which  the  coordination 

number  is  6,  with  tour  H20  and  two  NH3  ligand*.  (b)  Ex- 
plain why  the  formation  of  a  metal-ligand  bond  is  an  ex- 

ample of  a  Lewis  acid-base  interaction. 

24.10  (a)  What  is  the  difference  between  Werner's  concepts  of 
primary  valence  and  secondary  valence?  What  terms  do  we 
now  use  for  these  concepts?  (b)  Why  can  the  Nl  I  >  mole- 

cule serve  as  a  ligand  but  the  BH3  molecule  cannot7 

24.11  A  complex  is  written  as  NiBr2-6  NH3.  (a)  What  is  the  ox- 
idation state  of  the  Ni  atom  in  this  complex?  (b)  What  is 

the  likely  coordination  number  for  the  complex?  (c)  If  the 
complex  is  treated  with  excess  AgNOi(m|),  how  many 
moles  of  AgBr  will  precipitate  per  mole  of  complex? 

24.12  A  certain  complex  of  metal  M  is  formulated  as 
MCIr3  H20.  The  coordination  number  of  the  complex 
is  not  known,  but  is  expected  to  be  4  or  6.  (a)  Would  re- 

action of  the  complex  with  AgNO^rti/)  provide  informa- 

tion about  the  coordination  number?  (b)  Would  conduc- 

tivity measurements  provide  information  about  the  co- 
ordination number7 

24.13  Indicate  the  coordination  number  of  the  metal  and  the 
oxidation  number  of  the  metal  in  each  of  the  following 

complexes: 
(a)  Na2[CdCl4]  (b)  K2[MoOCl4] 

(c)  [Co(NH,)4Cl2]CI  (d)  [Ni(CN)s]3~ (e)  KdV(C:04h|  (f)  [Zn(en)2|Br2 
24.14  Indicate  the  coordination  number  of  the  metal  and  the 

oxidation  number  of  the  metal  in  each  of  the  following 

complexes: 
(a)  K4[Fe(CN)„]  (b)  [Pd(NH3)4]Br2 
(c)  [Mn(COhBrl  (d)  [Co(en)2(C204>r 
(e)  NH4[Cr(NH3)2(NCS)4]     (f)  [Cu(bipy)2l]I 

24.15  Determine  the  number  and  type  of  each  donor  atom  in 
each  of  the  complexes  in  Exercise  24.13. 

24.16  What  are  the  number  and  types  of  donor  atoms  in  each 
of  the  complexes  in  Exercise  24.14? 

Polydentate  Ligands;  Nomenclature 

24.17  (a)  What  is  the  difference  between  a  monodentate  lig- 
and and  a  bidentate  ligand?  (b)  How  many  bidentate 

ligands  are  necessary  to  fill  the  coordination  sphere  of  a 

six-coordinate  complex?  (c)  You  are  told  that  a  certain 
molecule  can  serve  as  a  tridentate  ligand.  Based  on  this 
statement,  what  do  you  know  about  the  molecule? 

24.18  For  each  of  the  following  polydentate  ligands,  deter- 
mine (i)  the  maximum  number  of  coordination  sites  that 

the  ligand  can  occupy  on  a  single  metal  ion  and  (ii)  the 

number  and  type  of  donor  atoms  in  the  ligand:  (a)  ethyl- 
enediamine  (en),  (b)  bipyridine  (bipy),  (c)  the  oxalate 

anion  (C204-  ),  (d)  the  2-  ion  of  the  porphine  molecule 
(Figure  24.8);  (e)  [EDTA]4  . 

24.19  Polydentate  ligands  can  vary  in  the  number  of  coordina- 
tion positions  they  occupy.  In  each  of  the  following, 

identify  the  polydentate  ligand  present  and  indicate  the 
probable  number  of  coordination  positions  it  occupies: 

(a)  [Co(NH3)4(o-phen)]Cl3  (b)  [Cr(C204)(H20)4]Br 
(c)  [Cr(EDTA)(H:0)]  (d)  [Zn(en)2](C104)2 

24.20  Indicate  the  likelv  coordination  number  of  the  metal  in 

each  of  tlie  following  complexes: 
(a)  [Cd(en)Cl2]  (b)  [Hg(bipy)Br2] 

(c)  [Co(o-phen)2Cl2]N03      (d)  [Ce(EDTA)] 
24.21  (a)  What  is  meant  by  the  term  chelate  effect?  (b)  What 

thermodynamic  factor  is  generally  responsible  for  the 
chelate  effect?  (c)  Why  are  polydentate  ligands  often 
called  sequestering  agents? 

24.22  Pyridine  (CSH=;N),  abbreviated  py,  is  the  following 
molecule: 

(a)  Is  pyridine  a  monodentate  or  polydentate  ligand? 
(b)  Consider  the  following  equilibrium  reaction: 

[Ru(py)4(bipy)]2*  +  2  py  [Ru(py)h]2*  +  bipy 
What  \\  ould  you  predict  for  the  magnitude  of  the 
equilibrium  constant  for  this  equilibrium?  Explain  the 
basis  for  your  answer. 

24.23  Write  the  formula  for  each  of  the  following  compounds, 
being  sure  to  use  brackets  to  indicate  the  coordination 

sphere: 
(a)  hexaamminechromium(III)  nitrate 
(b)  tetraamminecarbonatocobalt(III)  sulfate 

(c)  dichlorobis(ethylenediamine)platinum(IV)  bromide 
(d)  potassium  diaquatetrabromovanadate(III) 
(e)  bis(ethylenediamine)zinc(II)  tetraiodomercurate(II) 

24.24  Write  the  formula  for  each  of  the  following  compounds, 
being  sure  to  use  brackets  to  indicate  the  coordination 

sphere: (a)  pentaaquaiodiomanganese(III)  perchlorate 
(b)  tris(bipyridine)ruthenium(II)  nitrate 
(c)  dichlorobis(orf/zo-phenanthroline)rhodium(III) 

sulfate 
(d)  sodium  diamminetetrabromochromate(III) 

(e)  tris(ethylenediamine)cobalt(III) 
tris(oxalato)ferrate(II) 

24.25  Write  the  names  of  the  following  compounds,  using  the 
standard  nomenclature  rules  for  coordination  complexes: 
(a)  [Rh(NH3)4Cl2]Cl  (b)  K2[TiCl6] 
(c)  MoOCl4  (d)  [Pt(H20)4(C204)]Br: 

24.26  Write  names  for  the  following  coordination  compounds: 
(a)  [Cd(en)Cl2]  (b)  K4[Mn(CN)6] 
(c)  [Cr(NH3)5C03]Cl  (d)  [Ir(NH3)4(H20)2](N03)3 



Exercises  1057 

Isomerism 

24.27  Bv  writing  formulas  or  drawing  stria tures  related  to 
any  one  ot  these  three  complexes, 

[Co(NH,)4Br2]C  I 

[Pd(NH3)2(ONO)2] 

cis-[  V(en)2Cl2]' 
illustrate  (a)  geometric  isomerism,  (b)  linkage  isomerism, 

(c)  optical  isomerism,  (d)  coordination-sphere  isomerism, 

24.28  (a)  Draw  the  two  linkage  isomers  of  [Co(NH  ̂ .hSCN]2'. 
(b)  Draw  the  two  geometric  isomers  ot  [Co(Nl  I  ,)  ,1  I  ,| 
(c)  Two  compounds  with  the  formula  Co( NI I  ,) ,C  IBr  c  an 
be  prepared.  Use  structural  formulas  to  show  how  they 
differ.  What  kind  of  isomerism  does  tins  illustrate? 

24.29  A  four-coordinate  complex  MA2B2  is  prepared  and 
found  to  have  two  different  isomers.  Is  it  possible  to  de- 

termine from  this  information  whether  the  complex  is 

square  planar  or  tetrahedral?  It  so,  whic  h  is  it1 

24.30  Consider  an  octahedral  complex  MA3B3.  How  main 

geometric  isomers  are  expected  for  this  compound1 
Will  am  ot  the  isomers  be  opticall)  active1  It  so, 

which  ones1 24.31  Draw  the  as  and  trans  isomers  of  the  [Co(en)2(NI  1  i)CI]2 
ion.  Is  either  or  both  ot  these  isomers  chiral?  It  so,  draw 
the  tw  o  enantiomers. 

24.32  I  )raw  the  distinc  t  geometric  isomers  ot 

[Rh(bipy)(NHt)3Br]"+.  Do  any  ot  these  geometric  iso- 
mers have  optical  isomers1  It  so,  identify  them  and 

draw  the  structures  of  their  enantiomers. 

24.33  Sketch  all  the  possible  stereoisomers  ot  (a)  tetrahedral 

[Cd(H20)2Cl2],  (b)  square-planar  [IrCl2(PH3)2]  .  (c)  octa- 
hedral [Fe(o-phen)2Cl2]+. 

24.34  Sketch  all  the  possible  stereoisomers  ot  (a)  tetrahedral 

[Zn(en)(C  N)2],  (b)  octahedral  [CoBr2C  l2(en)]  ,  (c)  square- 
planar  [Pd(en)Cl(SCN)]. 

Color;  Magnetism;  Crystal-Field  Theory 

24.35  (a)  To  the  closest  100  nm,  what  are  the  largest  and  small- 
est wavelengths  of  visible  light?  (b)  What  is  me. ml  by 

the  term  complementary  color?  (c)  What  is  the  signific  ance 
of  complementary  colors  in  understanding  the  colors  of 

metal  complexes1  (d)  If  a  complex  absorbs  light  at  MO 
nm,  w  hat  is  the  energy  of  this  absorption  in  k|  mol? 

24.36  (a)  A  complex  absorbs  light  with  wavelength  ol  530  nm. 

Do  you  expect  it  to  have  color1  (b)  A  solution  of  a  com- 
pound appears  green.  Does  this  observ  ation  necessarily 

mean  that  all  colors  ol  visible  light  other  than  green  are 
absorbed  by  the  solution?  Explain,  (c)  What  information 
is  usually  presented  in  a  visible  absorption  spectrum  ot  a 

compound?  (d)  What  energy  is  associated  with  the  ab- 
sorption at  530  nm  in  kj/mol? 

24.37  In  crystal-field  theory,  ligands  are  modeled  with  point 
negative  charges.  What  is  the  basis  ol  this  assumption, 
and  how  does  it  relate  to  the  nature  of  metal-ligand 
bonds? 

24.38  Explain  why  the  dxi/,  dx:,  and  </„  orbitals  lie  lower  in  en- 
ergy than  the  d  -  and  dx2  ,.2  orbitals  in  the  presence  ol  an 

octahedral  arrangement  of  ligands  about  the  central 
metal  ion. 

24.39  (a)  Sketch  a  diagram  that  shows  the  definition  of  the 

crystal-field  splitting  energy  (A)  for  an  octahedral  crystal 
field,  (b)  What  is  the  relationship  between  the  magni- 

tude of  A  and  the  energy  of  the  d-d  transition  for  a  d 
complex?  (c)  Calculate  A  in  k|  mol  it  a  </'  complex  has 
an  absorption  maximum  at  590  nm. 

24.40  As  shown  in  Figure  24.26,  the  d-d  transition  of  [Ti(l  I20)h] 1 
produces  an  absorption  maximum  at  a  wavelength  of  500 

nm.  (a)  What  is  the  magnitude  of  A  for  [Ti(H20)f)]:i  in 
k|  mol?  (b)  What  is  the  spectrochemical  series'?  I  low  would 
the  magnitude  of  A  change  it  the  H20  ligands  in 

[Ti(H20)6]3"1  were  replaced  with  NH  ,  ligands1 
24.41  Explain  why  many  cyano  complexes  of  divalent  transi- 

tion-metal ions  are  yellow,  whereas  main  aqua  com- 
plexes of  these  ions  are  blue  or  green. 

24.42  The  [ \i(l  U  >),,|"    ion  is  green,  w  hereas  the  [Ni(NI  I  ;)„|- 
ion  is  purple.  Predict  the  predominant  color  ol  light  ab- 

sorbed b\  each  ion.  Which  ion  absorbs  light  with  the 
shorter  wavelength?  Do  your  conclusions  agree  with 

the  spec  troc  hemic  al  series1 
24.43  ( live  the  number  ol  1/  electrons  assoc  iated  with  the  <  en- 

tral  metal  ion  in  eac  h  ol  the  following  complexes: 
(a)  K  J  I  i(  IJ,  (b)  Na  ,[(  o(N02)ft],  (c)  IRu(en)3]Br3, 
(d)  [Mo(l  DTA)](  IO4,  (e)  K  ;|ReClh]. 

24.44  (  ave  the  number  ol  1/  electrons  assoc  iated  with  the  cen- 
tral metal  ion  in  each  ol  the  following  complexes: 

(b)  |Mn(l  [20)(1](N03)2 

(d)  [(  r(NH  1)4Br2](  in, 

(a)  K  ilFefCN),,] 

(c)  Na|Ag(C  \): 

(e)  [Sr(l  DTA)]2 
24.45  For  each  of  the  following  metals,  write  the  electronic 

configuration  of  the  atom  and  its  2  •  ion:  (a)  Mm,  (b)  Ixu, 
(c)  Rh.  Draw  the  crystal-field  energy-level  diagram  for 
the  d  orbitals  ol  an  octahedral  complex,  and  show  the 

placement  ol  the  d  electrons  for  eac  h  2  •  ion,  assuming  a 
Strong-field  1  omplex.  I  low  main  unpaired  elet  Irons  are 
there  in  each  c  ase? 

24.46  For  each  ol  the  following  metals,  write  the  electronic 

configuration  ol  the  atom  and  its  3  •  ion:  (a)  Ru,  (b)  Mo, 
(c)  Co.  Draw  the  crystal-field  energy-level  diagram  for 
the  d  orbitals  ol  an  octahedral  complex,  and  show  the 
placement  ol  the  1/  elec  Irons  for  eac  h  3  *  ion,  assuming  a 
weak-field  complex.  How  main  unpaired  electrons  are 

there  in  each  c ase1 
24.47  Draw  the  crystal-field  energy-level  diagrams  and  show 

the  placement  ol  1/  elections  for  each  ol  the  following: 

(a)  |Cr(l  I20)h)    (lour  unpaired  elec  Irons), 

(b)  [Mn(H20)f,l2'  (high  spin),  (c)  [Ru(NH  ,),l  [20]:  (low 
spin),  (d)  [IrCl,,]2   (low  spin),  (e)  |(  r(en)  ,f'  ,  (0  |\il„]'  . 

24.48  Draw  the  crystal-field  energy-level  diagrams  and  show 
the  placement  of  electrons  tor  the  following  complexes: 

(a)  [V<  L| ;  ,  (b)  [FeF6]3  (a  high-spin  complex), 
(c)  [Ru(bipy)3p'  (a  low-spin  complex),  (d)  [NiCI4|2 

(tetrahedral),  (e)  [PtBr(,|2  ,  (f)  |  I  Ken)  ,|''  . 
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24.49  The  complex  [Mn(NH3)6]2^  contains  five  unpaired 
elections.  Sketch  the  energy-level  diagram  for  the  </ 
orbitals,  and  indicate  the  placement  of  electrons  for 

this  complex  ion.  Is  the  ion  a  high-spin  or  a  low-spin 
complex? 

24.50  I  he  ion  |Fe(CN),,| !  has  one  unpaired  electron,  whereas 

[Fe(NCS)6] 5  has  five  unpaired  electrons.  From  these  re- 
sults, what  can  you  conclude  about  whether  each  com- 

plex is  high  spin  or  low  spin?  What  can  you  say  about 
the  placement  of  NCS   in  the  spectrochemical  series? 

Additional  Exercises 

24.51  Based  on  the  molar  conductance  values  listed  here  for  the 

series  of  platinum(lV)  complexes,  write  the  formula  for 

each  complex  so  as  to  show  which  ligands  are  in  the  coor- 
dination sphere  of  the  metal.  By  way  of  example,  the 

molar  conductances  of  NaCl  and  BaCl2  are  107  ohm  1 
and  197  ohm  'respectively. 

Complex 

Molar  Conductance  (ohm  V 
of  0.050  M  Solution 

Pt(NH3)6Cl4 523 
Pt(NHd4Cl4 228 
Pt(NH3)3Cl4 

47 

Pt(NH3)2Cl4 0 
KPt(Nhh)Cls 

108 

•The  ohm  is  .1  unit  of  resistance;  conductance  is  the  inverse  of  resistance 

24.52  (a)  A  compound  with  formula  RuCly5  H20  is  dis- 
solved in  water,  forming  a  solution  that  is  approximate- 

ly the  same  color  as  the  sol  id .  Immediately  after 
forming  the  solution,  the  addition  of  excess  AgNO^0;i/) 
forms  2  mol  of  solid  AgCl  per  mole  of  complex.  Write 
the  formula  for  the  compound,  showing  which  ligands 
are  likely  to  be  present  in  the  coordination  sphere, 
(b)  After  a  solution  of  RuClyS  H20  has  stood  for  about 
a  year,  addition  of  AgNOi(uij)  precipitates  3  mol  of 
AgCl  per  mole  of  complex.  What  has  happened  in  the 
ensuing  time? 

24.53  Sketch  the  structure  of  the  complex  in  each  of  the  fol- 
lowing compounds: 

(a)  c/s-[Co(NH3)4(H20)2](N03)2 
(b)  Na2[Ru(H20)Cl5] 
(c)  frans-NH4[Co(C204)2(H20)2] 
(d)  ris-[Ru(en)2Cl2] 

24.54  (a)  Give  the  full  name  for  each  of  the  compounds  in  Ex- 
ercise 24. 53.  (b)  Will  any  of  the  complexes  be  optically 

active?  Explain. 
24.55  The  molecule  dimethylphosphinoethane 

[(CH3)2PCI  l2CH2P(CfC)2,  which  is  abbreviated  dmpe]  is 
used  as  a  ligand  for  some  complexes  that  serv  e  as  catalysts. 
A  complex  that  contains  this  ligand  is  Mo(CO)4(dmpe). 
(a)  Draw  a  Lewis  structure  of  dmpe,  and  determine 

whether  it  can  serve  as  a  polydentate  ligand  (b)  Deter- 
mine the  oxidation  state  of  Mo  in  Mo(CO)4(dmpe). 

(c)  Sketch  the  structure  of  Mo(CO)4(dmpe)  and  determine 
whether  it  can  have  multiple  isomers. 

24.56  Although  the  cis  configuration  is  known  for  [Pt(en)Cl2], 

no  trans  form  is  known,  (a)  Explain  why  the  trans  com- 
pound is  not  possible,  (b)  Suggest  what  type  of  ligand 

would  be  required  to  form  a  trans-bidentate  coordina- 
tion to  .1  metal  atom. 

124.571  The  acetylacetone  ion  forms  very  stable  complexes  with 
many  metallic  ions.  It  acts  as  a  bidentate  ligand,  coordi- 

nating to  the  metal  at  two  adjacent  positions.  Suppose 
that  one  of  the  CI  I  |  groups  of  the  ligand  is  replaced  by  a 

CF\  group,  as  shown  here, 

Trifluoromethyl 

acetylacetonate 

"  (tfac) 

I  I 

C. 

/  % CFy—  C        C— CEh 

:Q: :0: 

Sketch  all  possible  isomers  for  the  complex  with  three 
tfac  ligands  on  cobalt(IH).  (You  can  use  the  symbol  •  C 
to  represent  the  ligand.) 

24.58  Give  brief  statements  about  the  relevance  of  the  following 
complexes  in  living  systems:  (a)  hemoglobin,  (b)  chloro- 

phylls, (c)  siderophores. 

24.59  Write  balanced  chemical  equations  to  represent  the  fol- 
lowing observations.  (In  some  instances  the  complex 

involved  has  been  discussed  previously  in  the  text.) 

(a)  Solid  silver  chloride  dissolves  in  an  excess  of  aque- 
ous ammonia,  (b)  The  green  complex  [Cr(en)2Cl2]Cl, 

on  treatment  with  water  over  a  long  time,  converts  to  a 

brown-orange  complex.  Reaction  of  AgNO-,  with  a  so- 
lution of  the  product  precipitates  3  mol  of  AgCl  per 

mole  of  Cr  present.  (Write  two  chemical  equations.) 
(c)  When  an  NaOH  solution  is  added  to  a  solution  of 

Zn(N03)2,  a  precipitate  forms.  Addition  of  excess 
NaOH  solution  causes  the  precipitate  to  dissolve. 
(Write  two  chemical  equations.)  (d)  A  pink  solution  of 
Co(NOj2  turns  deep  blue  on  addition  of  concentrated 
hydrochloric  acid. 

24.60  Some  metal  complexes  have  a  coordination  number  of  5. 
One  such  complex  is  Fe(CO)s,  which  adopts  a  trigonal 

bipyramidal  geometry  (see  Figure  9.8).  (a)  Write  the  name 
for  Fe(COh,  using  the  nomenclature  rules  for  coordina- 

tion compounds,  (b)  What  is  the  oxidation  state  of  Fe  in 

this  compound?  (c)  Suppose  one  of  the  CO  ligands  is  re- 

placed with  a  CN  ligand,  forming  [Fe(CO)4(CN)]~. 
How  many  geometric  isomers  would  you  predict  this 
complex  to  have? 

24.61  Which  of  the  following  objects  is  chiral?  (a)  a  left  shoe, 
(b)  a  slice  of  bread,  (c)  a  wood  screw,  (d)  a  molecular 
model  of  Zn(en)Cl2,  (e)  a  typical  golf  club. 

24.62  The  complexes  [V(H20)6]3+  and  [VF6]3  are  both 
known,  (a)  Draw  the  (/-orbital  energy-level  diagram 
for  V(III)  octahedral  complexes,  (b)  What  gives  rise  to 
the  colors  of  these  complexes?  (c)  Which  of  the  two 
complexes  would  you  expect  to  absorb  light  of  higher 
energy?  Explain. 
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|24.63|  One  ol  the  more  famous  species  in  coordination  chem- 
istry is  the  Creutz-Taube  complex, 

\Ku(\l  I  i (NhhhRuN 

It  is  named  for  the  two  scientists  who  discovered  it  and 

initially  studied  its  properties.  The  central  ligand  is 

pyrazine,  a  planar  six-membered  ring  w  ith  nitrogens  at 
opposite  sides,  (a)  I  low  can  von  account  for  the  fac  I  tlut 
the  complex,  which  has  only  neutral  ligands,  has  an  odd 

overall  charge?  (b)  The  metal  is  in  a  low-spin  configura- 
tion in  both  cases.  Assuming  octahedral  coordination, 

draw  the  d-orbital  energy-level  diagram  for  each  metal, 
(c)  In  mans  experiments  the  two  metal  ions  appear  to  be 
in  exactly  equivalent  states.  Can  you  think  of  a  reason 

that  this  might  appear  to  be  so,  recognizing  that  elec- 
trons move  very  rapidly  compared  to  nuclei? 

24.64  Solutions  of  [Co(NH3)6]2+,  [Co(H20)6]2(  (both  octahe- 
dral), and  [C0CI4]  (tetrahedral)  are  colored.  One  is 

pink,  one  is  blue,  and  one  is  yellow.  Based  on  the  spec  tro- 
chemical  series  and  remembering  that  the  energy  split- 

ting in  tetrahedral  complexes  is  normally  much  less  than 
that  in  octahedral  ones,  assign  a  color  to  each  complex. 

24.65  Oxyhemoglobin,  with  an  C  K  bound  to  iron,  is  a  low-spin 
Fe(ll)  complex;  deoxyhemoglobin,  without  the  mole- 

cule, is  a  high-spin  complex.  How  many  unpaired  elec- 
trons are  centered  on  the  metal  ion  in  each  case1  Explain 

in  a  general  way  why  the  two  forms  ot  hemoglobin  have 
different  colors  (hemoglobin  is  red,  whereas  deoxyhe- 

moglobin has  a  bluish  cast). 

24.66  In  each  of  the  following  pairs  of  complexes,  which 
would  you  expect  to  absorb  at  the  longer  wavelength: 

(a)[FeF6]4  or  [Fe(NH3)6]2+,  (b)  [V(l  I20)A] '  or 
[Cr(H20)6]3+/  (c)  [Co(NH3)6]2H  or  [C0CI4]2  ?  Explain 
your  reasoning  in  each  case. 

|24.67|  Consider  the  tetrahedral  anions  VO4 '  (orthovanadate 
ion),  CrQ4~  (chromate  ion),  and  Mn04  (permanganate 
ion),  (a)  These  anions  are  isoelectwnic.  What  is  meant  by 

this  statement?  (b)  Would  you  expect  these  anions  to  ex- 
hibit d-d  transitions1  Explain,  (c)  As  mentioned  in  \ 

Closer  Look"  on  charge-transfer  color,  the  violet  color  ol 
Mn04  is  due  to  a  ligand-to-metal  charge  transfer  (LMCT) 
transition.  What  is  meant  by  this  term1  (d)  The  1  AH  I 
transition  in  Mn04  occurs  at  a  wavelength  of  563  nm. 

The  Cr04~  ion  is  yellow.  Is  the  wavelength  of  the  LMC1 
transition  for  chromate  larger  or  smaller  than  that  lor 

MnQ4  1  Explain,  (e)  The  VO4     ion  is  colorless.  Is  this 

observation  consistent  with  the  wavelengths  ot  the 

LMCT  transitions  in  Mn04  and  CrCXr  1 
|24.68|  1  he  red  color  of  ruby  is  due  to  the  presence  ot  Cr(lll) 

ions  at  octahedral  sites  in  the  close-packed  oxide  lattice 
of  A1203.  Draw  the  crystal-field-splitting  diagram  tor 
Cr(lll)  in  this  env  ironment.  Suppose  that  the  rub)  crvs- 
tal  is  subjected  to  high  pressure.  What  do  vou  predict 
tor  the  variation  in  the  wavelength  ot  absorption  ot  the 

rub)  as  a  function  ot  pressure1  Explain. 
24.69  In  2001 ,  chemists  at  SUNY-Stonv  Brook  succeeded  in  sv  n- 

thesizing  the  complex  /nm— [Fe(CN)4(CO);.]-  ,  which 
could  be  a  model  ol  complexes  that  may  hav  e  played  a 
role  in  the  origin  ot  lite,  (a)  Sketch  the  structure  ot  the 
complex,  (b)  The  complex  is  isolated  as  a  sodium  salt. 

Write  the  complete  name  of  this  salt,  (c)  What  is  the  oxida- 
tion state  of  Fe  in  this  complex  ?  I  low  many  d  electrons  are 

associated  with  the  Fe  in  this  complex1  (d)  Would  you  ex- 
pect this  complex  to  be  high  spin  or  low  spin?  Explain. 

|24.7()|  When  Alfred  Werner  was  developing  the  field  of  coordi- 

nation chemistry,  it  was  argued  by  some-  that  the  optical 
activity  he  observed  in  the  chiral  complexes  he  had  pre- 

pared was  because  ol  the  presence  ot  carbon  atoms  in 
the  molecule.  Io  disprove  this  argument,  Werner  syn- 

thesized a  chiral  complex  ol  cobalt  thai  had  no  carbon 
atoms  in  it,  and  he  was  able  to  resolve  it  into  its  enan- 

tiomers.  Design  ,1  cobalt(III)  complex  th.it  would  be  chi- 
ral it  it  could  be  synthesized  and  that  contains  no  carbon 

atoms.  (It  may  not  be  possible  to  synthesize  the  complex 

vou  design,  but  we  won't  worry  about  that  tor  now.) 
24.71  Many  trace  metal  ions  exist  in  the  bloodstream  as  com- 

plexes with  amino  acids  or  small  peptides.  I  he  anion  ot 
the  ammo  acid  glycine,  symbol  glv,  is  capable  ot  acting 
as  a  bidentate  ligand,  coordinating  to  the  metal  through 
nitrogen  and  — O  atoms. 

H2NCH2C— O 
I  low  many  isomers  are  possible  lor  (a)  |/n(gly)j|  (tetra- 

hedral), (b)  [Pt(gly)2]  (square-planar),  (c)  [Co(gly)3]  (octa- 
hedral)? Sketch  all  possible  isomers.  Use  N  O  to  represent 

the  ligand. 

1 24.72 1  Suppose  that  a  transition-metal  ion  was  in  a  lattice  in 
which  it  was  in  contact  with  just  two  nearby  anions,  locat- 

ed on  opposite  sides  ot  the  metal.  I  )iagram  the  splitting  ol 
the  metal  d  orbitals  th.it  would  result  from  such  a  crystal 
tield.  Assuming  a  strong  field,  how  main  unpaired 

elcc  trons  would  vou  expec  t  for  a  metal  ion  with  six  ,/  elec  - 
Irons1  [Hint:  C  onsider  the  linear  axis  to  be  the  -axis] 

Integrative  Exercises 

24.73  Metallic  elements  are  essential  components  of  many  im- 
portant enzymes  operating  within  our  bodies.  Carbonic 

anhydrase,  which  contains  Zir',  is  responsible  for  rapid- 
ly interconverting  dissolved  C02  and  bicarbonate  ion, 

HCCh  .  The  zinc  in  carbonic  anhydrase  is  coordinated 

by  three  nitrogen-containing  groups  and  a  water  mole- 
cule. I  he  enzv  me's  action  depends  on  the  fa<  t  that  the 

coordinated  water  molecule  is  more  acidic  than  the  bulk 

solvent  molecules.  Explain  this  tact  in  terms  ol  lewis 
acid-base  theory  (Section  16.11 ). 
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24.74  Two  different  compounds  have  the  formulation 

CoBr(S04)*5  Nil  ,.  C  ompound  A  is  dark  violet  and  com- 
pound 13  is  red-violet.  When  compound  A  is  treated 

with  AgNt ''•,(//(/),  no  reaction  occurs,  whereas  com- 
pound 13  rea<  Is  with  AgNO-;(/7<j)  to  form  a  white  precipi- 

tate When  compound  A  is  .treated  with  BaCMfi/),  a 
white  precipitate  is  formed,  whereas  compound  15  has 
no  reaction  with  BaCl2(rt(7).  (a)  Is  Co  in  the  same  oxida- 

tion state  in  these  complexes?  (b)  Explain  the  reactivity 
of  compounds  A  and  B  with  AgNO^fi/)  and  BaCLf^y). 

(c)  Are  compounds  A  and  B  isomers  of  one  another7  If 
so,  which  category  from  Figure  24.17  best  descrihes  the 
isomerism  observed  for  these  complexes?  (d)  Would 

compounds  A  and  B  be  expected  to  be  strong  elec- 
trolytes, weak  ele<  trol)  tes,  or  nonelectroK  tes? 

24.75  A  manganese  complex  formed  from  a  solution  contain- 
ing potassium  bromide  and  oxalate  ion  is  purified  and 

analyzed.  It  contains  10.(1",,  Mn,  28.6%  potassium,  N.N",, 
carbon,  and  24.2",,  bromine  by  mass.  The  remainder  of 
the  compound  is  oxygen.  An  aqueous  solution  of  the 
complex  has  about  the  same  electrical  conductivity  as 

an  equimolar  solution  of  K4[Fe(CN)h].  Write  the  formu- 
la of  the  compound,  using  brackets  to  denote  the  man- 

ganese and  its  coordination  sphere. 

24.76  A  palladium  complex  formed  from  a  solution  contain- 
ing bromide  ion  and  pyridine,  C^H=,N  (a  good  electron- 

pair  donor),  is  found  on  elemental  analysis  to  contain 

37.6%  bromine,  2N.3",,  carbon,  6.60%  nitrogen,  and 
2.37",,  hydrogen  by  mass.  The  compound  is  slightly  sol- 

uble in  several  organic  solvents;  its  solutions  in  water  or 

alcohol  do  not  conduct  electricity.  It  is  found  experimen- 
tally to  have  a  zero  dipole  moment.  Write  the  chemical 

formula,  and  indicate  its  probable  structure. 
24.77  (a)  In  early  studies  it  was  observed  that  when  the  com- 

plex [Co(NH^)4Br2lBr  was  placed  in  water,  the  electrical 
conductivity  of  a  0.05  M  solution  changed  from  an  ini- 

tial value  of  191  ohm  '  to  a  final  value  of  374  ohm  1 
over  a  period  of  an  hour  or  so.  Suggest  an  explanation 
for  the  observed  results.  (See  Exercise  24.51  for  relevant 

comparison  data.)  (b)  Write  a  balanced  chemical  equa- 
tion to  describe  the  reaction,  (c)  A  500-mL  solution  is 

made  up  by  dissolving  3.87  g  of  the  complex.  As  soon  as 
the  solution  is  formed,  and  before  any  change  in  con- 

ductivity has  occurred,  a  25.00-mL  portion  of  the  solu- 
tion is  titrated  with  0.0100  M  AgNO,  solution.  What 

volume  of  AgNO^  solution  do  you  expect  to  be  required 
to  precipitate  the  free  Br  (at/)?  (d)  Based  on  the  response 
you  gave  to  part  (b),  what  volume  of  AgNO,  solution 
would  be  required  to  titrate  a  fresh  25.00-mL  sample  of 
[Co(NH-i)4Br2]Br  after  all  conductivity  changes  have  oc- 
curred? 

24.78  The  total  concentration  of  Ca  and  Mg  in  a  sample  of 

hard  water  was  determined  by  titrating  a  0.100-L  sam- 

ple of  the  water  with  a  solution  of  EDTA4  .  The  EDTA4 
i  helates  the  two  cations: 

Mg2'  +  [1IJ>TA|4      —  [Mg(EDTA)]2 

Ca2'  t  [EDTA]4  — »  [Ca(EDTA)]2 

It  requires  31.5  mL  of  0.0104  M  [EDTA]"1   solution  to 
reach  the  end  point  in  the  titration.  A  second  0.100-L 

sample  was  then  treated  with  sulfate  ion  to  precipitate 

Ca"'  as  calcium  sulfate.  The  Mg2'  was  then  titrated 
with  18.7  ml  of  0.0104  M  [EDTA]4  .  Calculate  the  con- 

centrations ot  Mg"  and  Ca"'  in  the  hard  water  in  mg  L. 
24.79  C  arbon  monoxide  is  toxic  because  it  binds  more  strongly 

to  the  iron  in  hemoglobin  (1  lb)  than  does02/  as  indicated 

by  these  approximate  standard  free-energy  changes  in 
blood: 

Hb  t-  02   >  Hb02       AC      -70  kj 

lib  -  CO   ►  HbCO       AC       -80  kj 

Using  these  data,  estimate  the  equilibrium  constant  at 
298  K  for  the  equilibrium 

HbO;  4  CO  =  HbCO  +  02 

124.801  I  he  molecule  iiictlntlmiiiiic  (CI  I  >\'l  L)  can  act  as  a  mon- 
odentate  ligand.  The  following  are  equilibrium  reac- 

tions and  the  thermochemical  data  at  298  K  for  reactions 

of  methylamine  and  en  with  Cd~' (aq): 

Cd2+(aq)  -  4  C  HA  1 1  :(</</)  =^  [Cd(CH  AH:)4|2~(m/) 

A  /  /       -57.3  kj;    AS       -67.3  J/K;    AC       -37.2  kj 

Cd2'(,i,/)  +  2en(<?</)  [Cd(en)2[2'(m/) 

A//       -56.5  kj;    AS   =  +14.1  J/K;    AG'      -60.7  kj 

(a)  Calculate  AC  and  the  equilibrium  constant  K  for  the 
following  ligand  exchange  reaction: 

[Cd(CH  AH:)4]2'(,?,j)  +  2en(aq)  =^ 

[Cd(en)2]2+H)  +  4CH3NH2(rt(]) 

(b)  Based  on  the  value  of  K  in  part  (a),  what  would  you 

conclude  about  this  reaction?  What  concept  is  demon- 
strated? (c)  Determine  the  magnitudes  of  the  enthalpic 

(AH  )  and  the  entropic  (-TAS°)  contributions  to  AC 
for  the  ligand  exchange  reaction.  Explain  the  relative 
magnitudes,  (d)  Based  on  information  in  this  exercise 
and  in  the  "A  Closer  Look"  box  on  the  chelate  effect, 

predict  the  sign  of  AH°  for  the  following  hypothetical 
reaction: 

|Cd(CHA'H:)4]2^((!(/)  +  4NH3(a<7) 

[Cd(NHd4]2><?)  +  4CH3NH2(fl<7) 
24.81  The  value  of  A  for  the  [CrFhf  complex  is  182  kj/mol. 

Calculate  the  expected  wavelength  of  the  absorption 
corresponding  to  promotion  of  an  electron  from  the 
lower-energy  to  the  higher-energy  if-orbital  set  in  this 
complex.  Should  the  complex  absorb  in  the  visible 

range?  (You  may  need  to  review  Sample  Exercise  6.3;  re- 
member to  div  ide  by  Avogadro's  number.) 

124.821  A  Cu  electrode  is  immersed  in  a  solution  that  is  1.00  M 

in  [Cu(NH3)4]2+  and  1.00  M  in  NH3.  When  the  cathode 
is  a  standard  hydrogen  electrode,  the  emf  of  the  cell  is 
found  to  be  +0.08  V.  What  is  the  formation  constant  for 

[Cu(NH3)4]2+? 124.831  The  complex  [Ru(EDTA)(H20)]~  undergoes  substitu- tion reactions  with  several  ligands,  replacing  the  water 
molecule  with  the  ligand. 
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[Ru(EDTA)(H20)]  +  L  -  — •  [Ku(l  l)TA)l  ]  ll:0 

The  rate  constants  for  several  ligands  are  as  follows: 

Ligand,  L 

k  (M~
 

Pyridine 6.3  < 

103 

SCN 

2.7  - 

102 

CH3CN 3.0  < 

1(1 

eMEDIA  EXERCISES 

These  exercises  make  use  of  tine  interactive  objec  ts  available  on- 
line inOneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  theseresources  comes  in  your  MediaPak. 

24.84  After  watching  the  Isomerism  animation  (24 A),  answer 
the  following  questions,  (a)  Which  of  the  three  geome- 

tries can  exhibit  cis-trans  isomerism?  Draw  structures  of 
examples  to  support  your  answer,  (b)  Which  ol  the  three 
geometries  can  exhibit  optical  isomerism?  Again,  draw 
structures  to  support  your  answer. 

24.85  Cis  and  trans  isomers  of  tetraamminedichlorocobalt(III) 
ion  are  shown  in  the  Isomerism  animation  (24.4).  (a)  Is 
either  of  these  isomers  chiral?  If  so,  which  one?  (b)  For 

the  following,  tell  whether  cis-trans  isomerism  is  possi- 
ble and  whether  or  not  each  isomer  is  chiral: 

[Co(NH3)2Cl4]  ,  [Co(NH3)5Cl]2+,  [Cr(C204)2(I  I20)2]  , 
and  [Cr(en)2Br2]+.  (c)  Is  it  possible  for  an  octahedral 
complex  to  be  incapable  of  exhibiting  cis-trans  iso- 

merism and  yet  still  be  chiral?  Explain. 

(a) One  possible  mechanism  for  this  substitution  reac- 
tion is  that  the  water  molecule  dissociates  from  the 

complex  in  the  rate-determining  step,  and  then  the  lig- 
and I  tills  the  \  oid  in  a  rapid  second  step.  A  second  pos- 
sible mechanism  is  that  I  approaches  the  complex, 

begins  to  form  a  new  bond  to  the  metal,  and  displaces 
the  w  ater  molecule,  all  in  a  single  concerted  step.  Which 
ot  these  two  mechanisms  is  more  consistent  with  the 

data?  Explain,  (b)  What  do  the  results  suggest  about  the 
relative  basicities  of  the  three  ligands  toward  Ru(III)? 
(c)  Assuming  that  the  complexes  are  all  low  spin,  how 

many  unpaired  electrons  arc  in  each1 

24.8ft  I  he  Optical  Activity  animation  (24A)  illustrates  the  in- 
teraction ot  plane-polarized  light  with  a  solution  con- 

taining a  single  enantiomer  ot  a  chiral  compound. 
(a)  What  is  meant  by  the  term  enantiomer?  (b)  In  what 

ways  do  enantiomers  differ  in  their  physical  and  chemi- 

cal properties?  (c)  What  is  a  racemic  mixture1  (d)  How 
does  a  solution  containing  a  racemic  mixture  interact 
with  plane-polarized  light? 

24.87  Enantiomers  are  designated  either  1/  or  /,  depending  on 
whether  they  rotate  the  plane  ol  plane-polarized  light 
clockwise  or  counterclockwise,  respectively.  Watch  the 

Optical  Activity  animation  {24.4).  (a)  Draw  both  enan- 
tiomers tor  each  ot  the  following  optically  active  complex- 

es: c/s-[Cr(en)2(  b]  ,  [Co(en)3J3+,  <  Js-[Cr(C204)2(H20)2]  . 
(b)  Which  ol  the  following  solutions  would  you  expect 

to  rotate  the  plane  of  plane-polarized  light?  An  equimo- 
lar  mixture  ol  /-c/s-[Cr(en)2Cl2] and  tf-c/s-[Cr(en)2Cl2]+, 
an  equimolar  mixture  ol  tV-c/s-(Cr(en)2Cl2]  and  trans- 

[Cr(en)2Cl2]  ,  an  equimolar  mixture  ol  i/-|Co(en)  ;|  1  and 
</-( 7s-[Cr(en)2C  b|    I  xplain  your  predictions. 
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WHAT'S  AHEAD 

•  We  begin  with  a  brief  review  of  the 
structures  and  reactiv  ity  of  organic 
compounds.  (Sections  25.1  and  25.2) 

•  We  then  consider  the  hydrocarbon*., 
compounds  containing  only  C 
and  H.  (Section  25.3) 

•  There  are  several  classes  of 
hydrocarbons.  Those  in  which  all 

bonds  are  single  bonds  are  called 
alkanes.  Those  with  one  or  more 

C  =  C  bonds  are  called  alkenes,  and 
those  with  one  or  more  C  =  C  bonds 
are  called  alkynes.  Aromatic 
hydrocarbons  have  at  least  one 

planar  ring  with  delocalized  - electrons.  (Sections  25.5 
and  25.4) 

•  One  reason  for  the  huge 
number  of  organic 

compounds  is  the  existence 
of  isomers,  compounds  with 
identical  compositions 
whose  molecules  have  different 
structures.  (Sections  25.3 
and  25.4) 

•  A  central  organizing  principle  of 
organic  chemistry  is  the  functional 
group,  a  group  of  atoms  at  which 

most  of  the  compound's  chemical reactions  occur.  Sev  eral  functional 

groups,  including  the  alcohol  group, 
are  discussed.  (Sections  25.5  and  25.6) 

•  Compounds  that  possess 
nonsuperimposable  mirror  images 
are  called  chiral.  Chiralitv  plays  very 
important  roles  in  organic  and 
biological  chemistry.  (Section  27.7) 

•  We  conclude  the  chapter  by 
considering  several  classes  of 
biochemically  important 
molecules — proteins,  carbohydrates, 
and  nucleic  acids.  (Sections  25.9,  25.10, 
and  25.11) 



The  Chemistry  of  Life: 

Organic  and  Biological 

Chemistry 

EVERY  CAN  OF  DIET  SOFT  DRINK  CARRIES  THE  WARNING  "PHENYL- 

KETONURICS:  CONTAINS  PHENYLALANINE."    Phenylalanine  is 

one  of  the  two  amino  acids  making  up  the  sweet- 

ener aspartame.  (There  is  more  about  aspartame 

in  Section  25.7)  Phenylalanine  also  happens  to 
be  one  of  the  essential  amino  acids,  w  hich  means  that  we  must  have  it 

in  our  diets  to  survive  long  term.  However,  in  about  one  cui t  of 

),000  to  20,000  Caucasian  or  Asian  births,  an  enzyme  that  converts 
phenylalanine  to  another  amino  acid,  tyrosine,  is  completely  or 

nearly  completely  deficient  because  of  a  genetic  defect.*  The  re- 
sLilt  is  that  phenylalanine  accumulates  in  the  blood  and  in 

body  tissues.  The  disease  th.it  results  is  called  phenylke- 
tonuria (PKU),  which  causes  mental   retardation  and 

seizures.  Newborns  .ire  now  routinely  tested  for  PKU  at 

about  3  days  of  age.  rhe  disease  can  be  managed  by  a 

diet  that  provides  just  enough  phenylalanine  for  prop- 
er nutrition,  without  exceeding  the  limit.  Hence  the 

warning  on  diet  drink  containers. 

Though    biological    systems    are  almost 
unimaginably  complex,  they  are  nevertheless 
constructed  ol  molecules  of  quite  modest  size, 

put  together  in  nature  to  form  a  host  of  com- 
plex, interacting  structures.  The  example  of 

phenylalanine  and  PKL  illustrates  the 
point  that  to  understand  biology,  we 
need  to  understand  the  chemical  be- 

haviors ot  molecules  of  low  molar 

mass.  I  his  chapter  is  about  the  mol- 

ecules, composed  mainly  ot  car- 
bon,   hydrogen,    oxygen  and 

nitrogen,  that  form  the  basis  of 
both  organic  and  biological 
chemistry. 

The  element  carbon 
forms  a  vast  number  of 

A  WARNING  ON  DIET  SOFT  DRINK  CONTAINERS  alerts  those  suffering  from  phenylketonuria  of 
the  presence  of  phenylalanine  in  the  soft  drink. '  Blacks  experience  a  much  lower 

incidence  ol  this  genetic  defect. 
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compounds.  Over  \h  million  carbon-containing  compounds  are  known,  and 
about  90%  of  the  new  compounds  synthesized  each  year  contain  carbon.  The 
study  of  carbon  compounds  constitutes  a  separate  branch  of  chemistry  known 

as  organic  chemistry  I  Ins  term  arose  from  the  eighteenth-century  belief  that 
organic  compounds  could  be  formed  only  by  living  systems.  This  idea  was  dis- 

proved in  1828  by  the  German  chemist  Friedrich  Wohler  when  he  synthesized 
urea  (H2NCONH:),  an  organic  substance  found  in  the  urine  of  mammals,  by 
heating  ammonium  cyanate  (NH4OCN),  an  inorganic  substance. 

The  study  of  the  chemistry  of  living  species  is  called  biological  chemistry,  or 

biochemistry.  In  this  final  chapter  we  present  a  brief  view  of  some  of  the  elemen- 
tary aspects  of  organic  chemistry  and  biochemistry.  Many  of  you  will  study  these 

subjects  in  greater  detail  by  taking  additional  courses  devoted  entirely  to 
these  topics.  As  you  read  the  materials  that  follow,  you  will  notice  that  many  of 
the  concepts  important  for  understanding  the  fundamentals  of  organic  chemistry 
and  biochemistry  have  been  developed  in  earlier  chapters. 

3-D  MODELS 
Methane,  Formaldehyde,  Acetonitrile 

►  Figure  25.1    Carbon  geometries. 
These  molecular  models  show  the  three  common 
geometries  around  carbon:  (a)  tetrahedral  in 
methane  (CH4),  where  the  carbon  is  bonded  to 
four  other  atoms;  (b)  trigonal  planar  in 
formaldehyde  (CH20),  where  the  carbon  is 
bonded  to  three  other  atoms;  and  (c)  linear  in 
acetonitrile  (CH;CN),  where  the  top  carbon  is 
bonded  to  two  atoms. 

25.1 Some  General  Characteristics 

of  Organic  Molecules 

What  is  it  about  carbon  that  leads  to  the  tremendous  diversity  in  its  compounds 

and  allows  them  to  play  such  crucial  roles  in  biology  and  industry?  Let's  con- 
sider some  general  features  of  organic  molecules,  and  as  we  do,  let's  review 

some  principles  that  we  learned  in  earlier  chapters. 

The  Structures  of  Organic  Molecules 

The  three-dimensional  structures  of  organic  and  biochemical  molecules  play  an 
essential  role  in  determining  their  physical  and  chemical  behaviors.  Because 

carbon  has  four  valence  electrons  ([He]2s~2/r),  it  forms  four  bonds  in  virtually 
all  its  compounds.  When  all  four  bonds  are  single  bonds,  the  electron  pairs  are 
disposed  in  a  tetrahedral  arrangement.  In  the  hybridization 
model  the  carbon  2s  and  2p  orbitals  are  then  sp  hybridized. 

When  there  is  one  double  bond,  the  arrangement  is  trigonal  planar  (sp  hy- 
bridization). With  a  triple  bond,  it  is  linear  (sp  hybridization).  Examples  are 

shown  in  Figure  25.1  T. 

C  —  H  bonds  occur  in  almost  every  organic  molecule.  Because  the  valence 
shell  of  H  can  hold  only  two  electrons,  hydrogen  forms  only  one  covalent  bond. 

As  a  result,  hydrogen  atoms  are  always  located  on  the  surface  of  organic  mole- 
cules, as  in  the  propane  molecule: 

M 11 H 

H— C- 
-c— 

C— H 
H 11 H 

180 
sp  Hybridized 

sp '  Hybridized 

(a)  Tetrahedral 
sp  Hybridized 

(b)  Trigonal  planar 

(c)  Linear 
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rhe  C  —  C  bonds  form  the  backbone,  or  skeleton,  of  the  molecule,  while  the  H 

atoms  are  on  the  surface,  or  "skin,"  of  the  molecule. 
The  bonding  arrangements  about  individual  atoms  are  important  in  deter- 

mining overall  molecular  shape.  In  turn,  the  overall  shapes  of  organic  and  bio- 
chemical molecules  an- also  important  in  determining  how  they  will  read  with 

other  molecules,  and  how  rapidly.  I  hcv  also  determine  important  physical 

properties. 

The  Stabilities  of  Organic  Substances 

In  Section  S.S  we  learned  about  the  average  strengths  of  various  chemical 
bonds,  including  those  that  are  characteristic  ol  organic  molecules,  such  as 

C  —  H,  C  —  C,  C  —  N,  C  —  O,  and  C  =  0  bonds  c  arbon  forms  strong  bonds 
with  a  variety  of  elements,  especially  II,  O,  N,  and  the  halogens.  Carbon  also 
has  an  exceptional  ability  to  bond  to  itself,  forming  a  variety  of  molecules  with 

chains  or  rings  of  carbon  atoms.  As  we  saw  in  Chapter  8,  double  bonds  are  gen- 
erally stronger  than  single  bonds,  and  triple  bonds  are  stronger  than  double 

bonds.  Increasing  bond  strength  with  bond  order  is  accompanied  by  a  shorten- 

ing of  the  bond.  Thus,  carbon-carbon  bond  lengths  decrease  in  the  order 
C  — C  >  C  =  C  >  C=C. 

We  know  from  calorimetric  measurements  that  reaction  of  a  simple  organic 
substance   such   as   methane   (CI  1 4)   with   oxygen   is   highly  exothermic. 

Indeed,  the  combustion  of  methane  (natural  gas) 

keeps  many  of  our  homes  warm  during  the  winter  months'  Although  the  reac- 
tions of  most  organic  compounds  with  oxygen  are  exothermic,  great  numbers 

of  them  are  stable  indefinitely  at  room  temperature  in  the  presence  ol  air  be- 
cause the  activation  energy  required  for  combustion  to  begin  is  large. 

Most  reactions  with  low  or  moderate  activation  barriers  begin  when  a  re- 
gion of  high  electron  density  on  one  molecule  encounters  a  region  of  low  elec- 
tron density  on  another  molecule,  the  regions  of  high  electron  density  may  be 

due  to  the  presence  of  a  multiple  bond  or  to  the  more  electronegative  atom  in  a 

polar  bond.  Because  ot  their  strength  and  lack  of  polarity,  C  — C  single  bonds 
are  relatively  unreactive.  C —  H  bonds  are  also  largely  unreactive  for  the  same 
reasons.  The  C  II  bond  is  nearly  nonpolar  because  the  electronegativities  of 
C  (2.5)  and  H  (2.1)  are  close.  To  better  understand  the  implications  of  these 
facts,  consider  ethanol: 

II  II 

H  —  C — C  —  O  —  1 1 

H  H 

The  differences  in  the  electronegativity  values  of  C  (2.5)  and  O  (3.5)  and  those 

of  O  and  H  (2.1 )  indicate  that  the  C  —  O  and  O —  H  bonds  are  quite  polar.  Thus, 
the  chemical  reactions  of  ethanol  involve  these  bonds.  A  group  ol  atoms  such  as 

the  C  —  O —  H  group,  which  determines  how  an  organic  molecule  functions  or 
reacts,  is  called  a  functional  group.  I  he  functional  group  is  the  center  of  reac- 

tivity in  an  organic  molecule. 

Q    GIVE  IT  SOME  THOUGHT 

Which  of  these  bond  types  is  most  likely  to  be  the  seat  of  a  chemical  reaction:  C  =  N, 
C  — C,  or  C— H? 
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Glucose  (C6H1206) 

Ascorbic  acid  (HC6H7Oe 

• 

Surfactant  (C17H35COO~) 

▲  Figure  25.2  Water-soluble  organic 
molecules,  (a)  Glucose  (C6H,206),  a  simple 
sugar;  (b)  ascorbic  acid  (HC6H706),  known  as 
vitamin  C;  (c)  the  stearate  ion  (C,7H35COO  ), 
an  ion  that  functions  as  a  surfactant.  (To  fit  this 
illustration  in  the  allocated  space,  the  scale  at 
which  the  surfactant  molecuie  is  drawn  is 
different  from  the  scale  used  for  the  glucose 
and  ascorbic  acid  molecules.) 

Solubility  and  Acid-Base  Properties  of  Organic  Substances 

In  most  organic  substances  the  most  prevalent  bonds  are  carbon-carbon  and 

carbon-hydrogen,  which  have  low  polarity.  For  this  reason,  the  overall  polarity 
of  organic  molecules  is  often  low.  They  are  generally  soluble  in  nonpolar  sol- 

vents and  not  very  soluble  in  water.  Molecules  that  are  solu- 

ble in  polar  solvents  such  as  water  are  those  that  have  polar  groups  on  the 
surface  of  the  molecule,  such  as  found  in  glucose  [Figure  25.2(a)  4\  or  ascorbic 

acid  [vitamin  C,  Figure  25.2(b)].  Surfactant  organic  molecules  have  a  long,  non- 

polar  part  that  extends  into  a  nonpolar  medium  and  a  polar,  ionic  "head 
group"  that  extends  into  a  polar  medium,  such  as  water  [Figure  25.2(c) ]. 

This  type  of  structure  is  found  in  many  biochemically  impor- 
tant substances,  as  well  as  soaps  and  detergents. 

Many  organic  substances  contain  acidic  or  basic  groups.  The  most  impor- 
tant acidic  substances  are  the  carboxylic  acids,  which  bear  the  functional  group 

—  COOH.  I)  The  most  important  basic  substances  are  amines, 
which  bear  the  — NH2,  — NHR,  or  — NR2  groups,  where  R  is  an  organic 

group  consisting  of  some  combination  of  C  —  C  and  C  —  H  bonds,  such  as 
—  CH3  or  — C2H5. 

As  you  read  this  chapter,  you  will  find  many  concept  links  to  related  mate- 
rials in  earlier  chapters,  many  of  them  to  the  sections  just  discussed.  We  strong- 

ly encourage  you  to  follow  these  links  and  review  the  curlier  materials.  Doing  so  will 
definitely  enhance  your  understanding  and  appreciation  of  organic  chemistry 
and  biochemistry. 

25.2  |  Introduction  to  Hydrocarbons  

Because  the  compounds  of  carbon  are  so  numerous,  it  is  convenient  to  organize 

them  into  families  that  exhibit  structural  similarities.  The  simplest  class  of  or- 
ganic compounds  is  the  hydrocarbons,  compounds  composed  only  of  carbon 

and  hydrogen.  1  he  kev  structural  feature  of  hydrocarbons  (and  of  most  other 

organic  substances)  is  the  presence  of  stable  carbon-carbon  bonds.  Carbon  is 
the  only  element  capable  of  forming  stable,  extended  chains  of  atoms  bonded 

through  single,  double,  or  triple  bonds. 
Hydrocarbons  can  be  divided  into  four  general  types,  depending  on  the 

kinds  of  carbon-carbon  bonds  in  their  molecules.  Figure  25.3  ►  shows  an  ex- 
ample of  each  of  the  four  types:  alkanes,  alkenes,  alkynes,  and  aromatic  hydro- 

carbons. In  these  hydrocarbons,  as  well  as  in  other  organic  compounds,  each  C 
atom  invariably  has  four  bonds  (four  single  bonds,  two  single  bonds  and  one 
double  bond,  or  one  single  bond  and  one  triple  bond). 

Alkanes  are  hydrocarbons  that  contain  only  single  bonds,  as  in  ethane 
(C^HJ.  Because  alkanes  contain  the  largest  possible  number  of  hydrogen 

atoms  per  carbon  atom,  they  are  called  saturated  hydrocarbons.  Alkenes,  also 

known  as  olefins,  are  hydrocarbons  that  contain  a  C  =  C  double  bond,  as  in 
ethylene  (C2H4).  Alkynes  contain  a  C  =  C  triple  bond,  as  in  acetylene  (C2H2). 
In  aromatic  hydrocarbons  the  carbon  atoms  are  connected  in  a  planar  ring 

structure,  joined  by  both  <r  and  -  bonds  between  carbon  atoms.  Benzene 
(CbHh)  is  the  best-known  example  of  an  aromatic  hydrocarbon.  Alkenes, 

alkynes,  and  aromatic  hydrocarbons  are  called  unsaturated  hydrocarbons  be- 
cause they  contain  less  hydrogen  than  an  alkane  having  the  same  number  of 

carbon  atoms. 

The  members  of  these  different  classes  of  hydrocarbons  exhibit  different 
chemical  behaviors,  as  we  will  see  shortly.  Their  physical  properties,  however, 

are  similar  in  many  ways.  Because  carbon  and  hydrogen  do  not  differ  greatly  in 
electronegativity,  hydrocarbon  molecules  are  relatively  nonpolar.  Thus,  they  are 



^  1^  A  Figure  25.3   The  four  hydrocarbon types.  Names,  molecular  formulas,  and 
_  _\  :  ̂}  I  geometrical  structures  for  examples  of  each 

ALKANE  r    M  luy  \    154  A  fyPe  of  hydrocarbon Ethane        t  1 1  <  I  I ;  ^ 

(b) 

11  H 

J    3-D  MODELS ^    Ethane,  Ethylene,  Acetylene,  Benzene 

II.  .11 
ALK1  \l  r     M    *^  ••       1.34  A  »• 

Ethylene     CH2=CH2  M^  \ i: 

ALKYNE 

Acetylene    C  H=C1 1 

AROMATIC 
Benzene  C,,H„ 

(c) 

I  21  A 
1 1— C  C  — H * 

isn  y 

(d) 

almost  completely  insoluble  in  water,  but  thev  dissolve  readily  in  other  nonpo- 
lar  solvents.  Furthermore,  their  melting  points  and  boiling  points  are  deter- 

mined by  London  dispersion  forces.  Hence,  hydrocarbons  fend  to  become  less 
volatile  with  increasing  molar  mass.  As  a  result,  hydrocarbons 

of  very  low  molecular  weight,  such  as  C^H,,  (bp  89  C),  are  gases  at  room 
temperature;  those  of  moderate  molecular  weight,  such  as  C  ,,1 1 1  \  (bp  69  C), 
are  liquids;  and  those  of  high  molecular  weight,  such  as  docosane  (Ci.Tlj,,: 

nip  =  44°C),  are  solids. 

ACTIVITY 

v  j    Boiling  Point 

25.3  I  Alkanes 

Table  25.1  ►  lists  several  of  the  simplest  alkanes.  Many  of  these  substances  are 

familiar  because  thev  are  used  so  widely.  Methane  is  a  major  component  of  nat- 
ural gas  and  is  used  for  home  heating  and  in  gas  stoves  and  water  heaters. 

Propane  is  the  major  component  of  bottled  gas  used  for  home  heating  and 
cooking  in  areas  where  natural  gas  is  not  av  ailable.  Butane  is  used  in  disposable 
lighters  and  in  fuel  canisters  for  gas  camping  stoves  and  lanterns.  Alkanes  with 
from  5  to  12  carbon  atoms  per  molecule  are  found  in  gasoline. 

The  formulas  for  the  alkanes  given  in  Table  25.1  are  written  in  a  notation 

called  condensed  structural  formulas.  This  notation  reveals  the  way  in  which 
atoms  are  bonded  to  one  another  but  does  not  require  drawing  in  all  the  bonds. 
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ACTIVITY 
Condensed  Structural  Formula TABLE  25.1    First  Several  Members  of  the  Straight-Chain  Alkane  Series 

Molecular 
Formula Condensed  Structural  Formula Name 

Boiling 

Point 

<°C) 

CH  , 
Ui, 

Methane 

-161 

C2H6 
CI  1  CH3 

Ethane 

-89 

C3H8 

CH3CH2CH3 Propane 44 C  il  1  in 
CH3CH2CH2CH3 Butane 

-0.5 

5  ̂  1 2 CI  1  iCFl-'CH-.CH-.CH^ Pen  ta  ne 

36 

C(,H  u 
CH3CH2CH2CH2CH2CH3 Hexane 68 

C7H16 

CH^PhCPhCF^CLLCF^CFl, 
Heptane 

98 

QH]K CH3CH2CH2CH2CH2CH2CH2CI 1 , Octane 

125 

CmHih 
CH  3CH  2CH2CH2CH  2CH2CH2CH  2CH  3 Nonane 151 C  n,H  22 
CH3CH2CH2CH2CH2CH2CH2CH2CH2CH3 Decane 174 

For  example,  the  Lewis  structure  and  the  condensed  structural  formulas  for  bu- 
tane (C4H 10)  are 

I  I 

C 

II 

H     H  H 

c— c— c- 
H     H  hi 

I  I 

LLC— CH2— CH2— CH, 

CLLCFLCFLCFL 

We  will  frequently  use  either  Lewis  structures  or  condensed  structural  for- 
mulas to  represent  organic  compounds.  Notice  that  each  carbon  atom  in  an 

alkane  has  four  single  bonds,  whereas  each  hydrogen  atom  forms  one  single 
bond.  Notice  also  that  each  succeeding  compound  in  the  series  listed  in  Table 
25.1  has  an  additional  CLL  unit. 

0 GIVE  IT  SOME  THOUGHT 

How  many  C  —  H  and  C  —  C  bonds  are  formed  by  the  middle  carbon  atom  of 

propane,  Table  25.1? 

▼  Figure  25.4  Representations  of  the 
three-dimensional  arrangement  of  bonds 
about  carbon  in  methane. 

Structures  of  Alkanes 

The  Lewis  structures  and  condensed  structural  formulas  for  alkanes  do  not  tell 

us  anything  about  the  three-dimensional  structures  of  these  substances.  Accord- 
ing to  the  VSEPR  model,  the  geometry  about  each  carbon  atom  in  an  alkane  is 

tetrahedral;  that  is,  the  four  groups  attached  to  each  carbon  are  located  at  the  ver- 
tices of  a  tetrahedron.  The  three-dimensional  structures  can  be 

represented  as  shown  for  methane  in  Figure  25.4  T.  The  bonding  may  be  de- 
scribed as  involving  sp  -hybridized  orbitals  on  the  carbon. 

109.5 

\ 
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Rotation  about  a  carbon-carbon  single1  bond  is  relatively  easy,  and  it  occurs 
very  rapidly  at  room  temperature.  h>  visuali/e  such  rotation,  imagine  grasping 
either  methyl  group  in  Figure  25.5  ►,  which  shows  the  structure  ot  propane, 
and  spinning  it  relative  to  the  rest  of  the  structure.  Because  motion  of  this  sort 

occurs  very  rapidly  in  alkanes,  a  long-chain  alkane  molecule  is  constantly  un- 
dergoing motions  that  cause  it  to  change  its  shape,  something  like  a  length  ot 

chain  that  is  being  shaken. 

Structural  Isomers 

The  alkanes  listed  in  Table  25.1  are  called  straight-chain  hydrocarbons  because  all 
the  carbon  atoms  are  joined  in  a  continuous  chain.  Alkanes  consisting  ot  four  or 

more  carbon  atoms  can  also  form  branched  chains  called  branched-chain  hydrocar- 

bons. Figure  25.6  ▼  shows  space-filling  models,  lull  structural  formulas,  and 
condensed  structural  formulas  for  all  the  possible  structures  of  alkanes  contain- 

ing four  or  five  carbon  atoms.  There  are  two  ways  that  four  carbon  atoms  can 

H    H    H  H 
I      I      I  I 

H-C— C— C— C-H 
I      I      I  I 
H    H    H  H 

CH3CH2CH2CH3 
Butane 

mp   -135°  C 
bp    -0.5  C 

H    H  H 
I      I  I 

H-C— C— C-H 
I      I  I 
H  H 

H-C-H 
I 
I  I 

CI-h— CH  —  CH, 
I 

CH3 

Isobutane 
(2-methylpropane) 
mp      145  ( 
bp      in  ( 

I  I 
1 1 

▲  Figure  25.5   Rotation  about  a  C  —  C bond.  Either  representation  of  propane  (C3H8) 

can  help  you  visualize  rotation  about  a  C  C 

single  bond 
3-D  MODELS 

Butane  Structural  Isomers,  Pentane 
Structural  Isomers 

<  Figure  25.6  Hydrocarbon  isomers. 
There  are  two  structural  isomers  having  the 
formula  C4Hm:  butane  and  isobutane.  For 
the  formula  CSH,2,  there  are  three  structural 
isomers:  pentane,  isopentane,  and  neopentane 
In  general,  the  number  of  structural  isomers 
increases  as  the  number  of  carbons  in  the 

hydrocarbon  increases. 

H    H    H    H  H 
I      I      I      I  I 

-C— C— C— C— C-H 

CH3— CH— CH2— CH3 

Isopentane 
(2-methvlbutane) 

mp  -160"  C 

bp    +  28°  C 

I  I 
I H-C   1 1 

1     1     1     1  1 H 
1 

1  1 1 1 H 1  1 
H    H    H    H  H I 1 1 1 

CH-jCHnCH-iCHoCH-j H-C— C- l  I 

C— 

C-H 1 

H-C- 

l — C — 

-C-H 

1 
Pentane H  H 

1 1 1  1 
II 

-H 

1  1 

mp   -130  C 

CH3 

l-C 

bp  +36C 1 1 

CH3 

Neopentane CH-,  —  C — CH3  (2,2-dimethylpropane) 

mp     20"  C 
CH3        bp    1 9  C 
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be  joined  to  give  C41 1  m:  as  a  straight  chain  (left)  or  a  branched  chain  (right).  For 
alkanes  with  five  carbon  atoms  (C\H  12),  there  are  three  different  arrangements. 

Compounds  with  the  same  molecular  formula  but  with  different  bonding 
arrangements  (and  hence  different  structures)  are  called  structural  isomers. 

The  structural  isomers  of  a  given  alkane  differ  slightly  from  one  another  in 

physical  properties.  Note  the  melting  and  boiling  points  of  the  isomers  of  bu- 
tane and  pentane,  giv  en  in  Figure  25. 6.  The  number  of  possible  structural  iso- 
mers increases  rapidly  with  the  number  of  carbon  atoms  in  the  alkane.  There 

are  18  possible  isomers  hav  ing  the  molecular  formula  CSH)8,  for  example,  and 
75  possible  isomers  with  the  molecular  formula  C |()H 22 • 

ACTIVITY 
Nomenclature  of  Alkanes 

Nomenclature  of  Alkanes 

The  first  names  given  to  the  structural  isomers  shown  in  Figure  25.6  are  the  so- 
called  common  names.  The  isomer  in  which  one  CFU,  group  is  branched  off  the 

major  chain  is  labeled  the  /so-  isomer  (for  example,  isobutane).  As  the  number 
of  isomers  grows,  however,  it  becomes  impossible  to  find  a  suitable  prefix  to 

denote  each  isomer.  The  need  for  a  systematic  means  of  naming  organic  com- 

pounds was  recognized  early  in  the  history  of  organic  chemistry  In  1892  an  or- 
ganization called  the  International  Union  of  Chemistry  met  in  Geneva, 

Switzerland,  to  formulate  rules  for  svstematic  naming  of  organic  substances. 
Since  that  time  the  task  of  updating  the  rules  for  naming  compounds  has  fallen 
to  the  International  Union  of  Pure  and  Applied  Chemistry  (IUPAC).  Chemists 
everywhere,  regardless  of  their  nationality  or  political  affiliation,  subscribe  to  a 
common  system  for  naming  compounds. 

The  IUPAC  names  for  the  isomers  of  butane  and  pentane  are  the  ones  given 
in  parentheses  for  each  compound  in  Figure  25.6.  These  names  as  well  as  those 
of  other  organic  compounds  have  three  parts  to  them: 

What 

substituents? prefix 

base suffix 

k 
What  family? 

arbons1 

The  following  steps  summarize  the  procedures  used  to  arrive  at  the  names  of 

alkanes,  which  all  have  names  ending  with  the  suffix  -arte.  We  use  a  similar  ap- 
proach to  write  the  names  of  other  organic  compounds. 

1.  Find  the  longest  continuous  chain  of  carbon  atoms,  and  use  the  name  of  this  chain 

(Tabic  25.1)  as  the  base  name  of  the  compound.  The  longest  chain  may  not  al- 
ways be  written  in  a  straight  line,  as  seen  in  the  following  example: 

CH3- 

CHC1  I 

CFT- 

3 -CFT- 

4  " 

CFT— CFT 

2-Methvl/;cAV7;/c 

Because  this  compound  has  a  chain  of  six  C  atoms,  it  is  named  as  a  substi- 
tuted hexane.  Groups  attached  to  the  main  chain  are  called  substituents  be- 
cause they  are  substituted  in  place  of  an  H  atom  on  the  main  chain. 

2.  Number  the  carbon  atoms  in  the  longest  chain,  beginning  with  the  end  of  the  chain 
that  is  nearest  to  a  substituent.  In  our  example  we  number  the  C  atoms  from 

the  upper  right  because  that  places  the  CH3  substituent  on  the  second  C 
atom  of  the  chain;  if  we  numt>er  from  the  lower  right,  the  CH3  would  be  on 
the  fifth  C  atom.  The  chain  is  numbered  from  the  end  that  gives  the  lowest 
number  for  the  substituent  position. 
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3.  Name  and  give  the  locution  of  each  substituent  group.  A  substituent  group  that 
is  formed  by  removing  an  H  atom  from  an  alkane  is  called  an  alkyl  group 

Alkyl  groups  arc  named  by  replacing  the  -ane  ending  of  the  alkane  name 
with  -i/l.  The  methyl  group  (CH3),  for  example,  is  derived  from  methane 
(CH4).  Likewise,  the  ethyl  group  (OH-,)  is  derived  from  ethane  (C:H„). 
Table  25.2  ►  lists  several  common  alkvl  groups.  The  name  2-methylhexane 
indicates  the  presence  of  a  methyl  (C  H  ;)  group  on  the  second  carbon  atom 
of  a  hexane  (six-carbon)  chain. 

Q    GIVE  IT  SOME  THOUGHT 

What  is  the  chemical  formula  of  the  propyl  group? 

4.  When  two  or  more  substituents  are  present,  list  I  hem  in  alphabetical  order.  When 
there  are  two  or  more  of  the  same  substituent,  the  number  of  substituents 

of  that  type  is  indicated  by  a  prefix:  di-  (two),  tri-  (three),  tetra-  (four),  penta- 
(five),  and  so  forth.  Notice  how  the  following  example  is  named: 

t  I  I 

7CH3 

?CH— CH, 

*CH— CH— CThCH. CH3 

-CH- 
'CH- 

— CH- 

TABLE  25.2   Condensed  Structural 
Formulas  and  Common  Names  for 
Several  Alkyl  Groups 

Group 

Name 

CM-. 

CH3CH2- CH3CH2CH2- 
ch3ch]ch2ch2- 

CH3 

HC- 

CH3 
CH3 

CH,—  C— 

CH, 

Methyl 

I  tin  I 

Propyl 

Burs  I 

Isop  ropv 

ferf-Butvl 

3-Ethyl-2,4,5-trimethylheptane 

WM  SAMPLE  EXERCISE  25.1  |  Naming  Alkanes 

Give  the  systematic  name  for  the  following  alkane: 

CH3—  CH2— CH— CH3 

CH3— CH— CH2 

CH3— CH2 

Solution 

Analyze:  We  are  given  the  structural  formula  of  an  alkane  and  asked  to  give  its 
name. 

Plan:  Because  the  hydrocarbon  is  an  alkane,  its  name  ends  in  -line.  The  name  of  the 
parent  hydrocarbon  is  based  on  the  longest  continuous  chain  of  carbon  atoms,  as 
summarized  in  Table  25.1.  Branches  are  alkyl  groups,  named  after  the  number  of  C 
atoms  in  the  branch  and  located  by  counting  C  atoms  along  the  longest  continuous 
chain. 

Solve:  The  longest  continuous  chain  of  C  atoms  extends  from  the  upper  left  CI  I  ; 
group  to  the  lower  left  CH3  group  and  is  seven  C  atoms  long: 

'CH3 — 2CH2 —  CH  — CI  I 

CH3— 4CH—  -CH2 

7CH3— 6CH3 

The  parent  compound  is  thus  heptane.  There  are  two  CH3  (methyl)  groups  that 
branch  off  the  main  chain.  Hence,  this  compound  is  a  dimethvlheptane.  To  specify 
the  location  of  the  two  methyl  groups,  we  must  number  the  C  atoms  from  the 
end  that  gives  the  lowest  number  possible  to  the  carbons  bearing  side  chains.  This 
means  that  we  should  start  numbering  with  the  upper  left  carbon.  There  is  a  methyl 
group  on  carbon  3,  and  one  on  carbon  4.  The  compound  is  thus  3,4-dimethylheptane. 
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■1  PRACTICE  EXERCISE 

Name  the  following  alkane: 

CH3— CH— CH3 

CH3— CH— CH2 

CH3 

Answer:  2,4-dimethylpentane 

tM  SAMPLE  EXERCISE  25.2  |  Writing  Condensed  Structural  Formulas 

Write  the  condensed  structural  formula  for  3-ethvl-2-methylpentane. 

Solution 
Analyze:  We  are  given  the  systematic  name  for  a  hydrocarbon  and  asked  to  write  its 
structural  formula. 

Plan:  Because  the  compound's  name  ends  in  -ane,  it  is  an  alkane,  meaning  that  all  the 
carbon-carbon  bonds  are  single  bonds.  The  parent  hydrocarbon  is  pentane,  indicat- 

ing five  C  atoms  (Table  25.1).  There  are  two  alkyl  groups  specified,  an  ethyl  group 
(two  carbon  atoms,  C2H5)  and  a  methyl  group  (one  carbon  atom,  CH3).  Counting 
from  left  to  right  along  the  five-carbon  chain,  the  ethyl  group  will  be  attached  to  the 
third  C  atom  and  the  methyl  group  will  be  attached  to  the  second  C  atom. 
Solve:  We  begin  by  writing  a  string  of  five  C  atoms  attached  to  each  other  by  single 
bonds.  These  represent  the  backbone  of  the  parent  pentane  chain: 

c— c— c— c— c 

We  next  place  a  methyl  group  on  the  second  C  and  an  ethyl  group  on  the  third  C 
atom  of  the  chain.  Hydrogens  are  then  added  to  all  the  other  C  atoms  to  make  the 
four  bonds  to  each  carbon,  giving  the  following  condensed  structure: 

CH3 

CH3— CH— CH— CH2— CH3 CH2CH3 

The  formula  can  be  written  even  more  concisely  in  the  following  style: 

CH3CH(CH3)CH(C2H5)CH2CH3 

In  this  formula  the  branching  alkyl  groups  are  indicated  in  parentheses. 

■I  PRACTICE  EXERCISE 

Write  the  condensed  structural  formula  for  2,3-dimethylhexane. CH3  CH3 

CH3CH— CHCH2CH:CH3     or  CH3CH(CH3)CH(CH3)CH2CH2CH3 

Answer: 

Cycloalkanes 
Alkanes  can  form  not  only  branched  chains  but  also  rings  or  cycles.  Alkanes 
with  this  form  of  structure  are  called  cycloalkanes.  Figure  25.7  ►  illustrates  a 

few  cycloalkanes.  Cycloalkane  structures  are  sometimes  drawn  as  simple  poly- 
gons in  which  each  corner  of  the  polygon  represents  a  CHt  group.  This  method 

of  representation  is  similar  to  that  used  for  benzene  rings. 

(Remember  from  our  benzene  discussion  that  in  aromatic  structures  each  cor- 
ner represents  not  a  Chh  group  but  a  CH  group. 

Carbon  rings  containing  fewer  than  five  carbon  atoms  are  strained  because 

the  C  —  C  —  C  bond  angle  in  the  smaller  rings  must  be  less  than  the  109.5°  tetra- 
hedral  angle.  The  amount  of  strain  increases  as  the  rings  get  smaller.  In  cyclo- 

propane, which  has  the  shape  of  an  equilateral  triangle,  the  angle  is  only  60°C;  this 
molecule  is  therefore  much  more  reactive  than  propane,  its  straight-chain  analog. 
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^CH2 

CH2  I'M, 

Cyclohexane 

C  H  2 

CM,  CM, 
\  / 
CHtCH, 

Cyclopentanc 

c  I  I 

Clb— CH- 

Cyclopropane 

<  Figure  25.7   Condensed  structural 
formulas  and  line  structures  for  three 

cycloalkanes. 
3-D  MODELS 

Cycloalkanes 

Cycloalkanes,  particularly  the  small-ring  compounds,  sometimes  behave 
chemically  like  unsaturated  hydrocarbons,  which  we  will  discuss  shortly.  The 

general  formula  for  cycloalkanes,  C,,!!^,,,  differs  from  the  general  formula  for 

straight-chain  alkanes,  C„H2„  .  2- 

Reactions  of  Alkanes 

Because  they  contain  only  C  —  C  and  C  —  H  bonds,  most  alkanes  arc  relath  ely 
unreactive.  At  room  temperature,  for  example,  they  do  not  react  with  acids, 

bases,  or  strong  oxidizing  agents,  and  they  are  not  even  attacked  by  boiling  ni- 
tric acid.  Their  low  chemical  reactivity  is  due  primaril)  to  the  strength  and  lack 

of  polarity  of  C  —  C  and  C —  H  bonds. 
Alkanes  are  not  completely  inert,  however.  One  of  their  most  commen  ially 

important  reactions  is  combustion  in  air,  which  is  the  basis  of  their  use  as  fuels. 
For  example,  the  complete  combustion  of  ethane  proceeds  as 

follows: 

2GH 
7  02(g) 

4C02(vr)  +  ft  M,Q(7)       Ml      -2855  k| 

In  the  following  sections  we  will  see  that  hydrocarbons  can  be  modified  to  impart 

greater  reactivity  by  introducing  unsaturation  into  the  carbon-carbon  framework 
and  by  attaching  other  reactive  groups  to  the  hydrocarbon  backbone. 

CHEMISTRY  AT  WORK  I  Gasoline 

"T^etroleum,  or  crude  oil,  is  a  complex  mixture  of  organic 
_L  compounds,  mainly  hydrocarbons,  with  smaller  quanti- 

ties of  other  organic  compounds  containing  nitrogen,  oxygen, 
or  sulfur.  The  tremendous  demand  for  petroleum  to  meet  the 

world's  energy  needs  has  led  to  the  tapping  of  oil  wells  in 
such  forbidding  places  as  the  North  Sea  and  northern  Alaska. 

I  he  usual  lirst  step  in  the  refining,  or  processing,  ol  petro- 
leum is  to  separate  it  into  fractions  on  the  Kisis  ol  boiling 

point.  I  he  fractions  commonly  taken  are  show  n  in 
rable  25.3  ▼.  Because  gasoline  is  the  most  commercialh  im- 

portant ol  these  fra<  lions,  various  pnx  esses  are  used  to  maxi- 
mi/e  its  \  leld. 

TABLE  25.3    Hydrocarbon  Fractions  from  Petroleum 

Size  Range  Boiling-Point 
Fraction  of  Molecules        Range  (°C)  Uses 

Gas C,  to  C5 
160  to  30 

Gaseous  fuel, 

production  of  II-, Straight-run  gasoline C5  toC12 
30  to  200 

Motor  fuel 

Kerosene,  fuel  oil C12  toC,8 180  to  400 1  )iesel  fuel,  furna<  e 
1  uel,  i  racking 

Lubricants C ]b  and  up 
330  and  up 

Lubricants 
Paraffins c  i0  and  up 1  ow-melting C  am! les,  matches 

solids 

Asphalt C  if,  and  up Gummy  residues Surfacing  roads 

i  ontinues  on  next  page 
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continued 

Gasoline  is  a  mixture  of  volatile  hydrocarbons  containing 
varying  amounts  of  aromatic  hydrocarbons  in  addition  to 
alkanes.  In  an  automobile  engine  a  mixture  of  air  and  gasoline 
vapor  is  compressed  by  a  piston  and  then  ignited  by  a  spark 
plug.  The  burning  of  the  gasoline  should  create  a  strong, 
smooth  expansion  of  gas,  forcing  the  piston  outward  and  im- 

parting force  along  the  drive  shaft  of  the  engine.  If  the  gas 
burns  too  rapidly,  the  piston  receives  a  single  hard  slam  rather 

than  a  strong,  smooth  push.  The  result  is  a  "knocking"  or 
"pinging"  sound  arid  a  reduction  in  the  efficiency  with  which 
energy  produced  by  the  combustion  is  converted  to  work. 

The  octane  number  of  a  gasoline  is  a  measure  of  its  resis- 
tance to  knocking.  Gasolines  with  high  octane  numbers  burn 

more  smoothly  and  are  thus  more  effective  fuels 
(Figure  25.8  T).  Branched  alkanes  and  aromatic  hydrocarbons 

have  higher  octane  numbers  than  the  straight-chain  alkanes. 
The  octane  number  of  gasoline  is  obtained  by  comparing  its 

knocking  characteristics  with  those  of  "isooctane"  (2,2,4- 
trimethylpentane)  and  heptane.  Isooctane  is  assigned  an  oc- 

tane number  of  100,  whereas  heptane  is  assigned  0.  Gasoline 
with  the  same  knocking  characteristics  as  a  mixture  of  90% 

isooctane  and  10"..  heptane  is  rated  as  90  octane. 
The  gasoline  obtained  directly  from  fractionation  of  pe- 

troleum (called  straight-run  gasoline)  contains  mainly  straight- 
chain  hydrocarbons  and  has  an  octane  number  around  50.  It  is 
therefore  subjected  to  a  process  called  cracking,  which  converts 
the  straight-chain  alkanes  into  more  desirable  branched-chain 
ones  (Figure  25.9  ►).  Cracking  is  also  used  to  produce  aromat- 

ic hydrocarbons  and  to  convert  some  of  the  less  volatile 

kerosene  and  fuel-oil  fraction  into  compounds  with  lower 
molecular  weights  that  are  suitable  for  use  as  automobile  fuel. 

In  the  cracking  process  the  hydrocarbons  are  mixed  with  a  cat- 
alyst and  heated  to  400  C  to  500  C.  The  catalysts  used  are  nat- 

urally occurring  clay  minerals  or  synthetic  ALCh-SiCs 
mixtures.  In  addition  to  forming  molecules  more  suitable  for 

▲  Figure  25.8   Octane  rating.  The  octane  rating  of  gasoline  measures 
its  resistance  to  knocking  when  burned  in  an  engine.  The  octane  rating  of  this 
gasoline  is  89,  as  shown  on  the  face  of  the  pump. 

▲  Figure  25.9   Fractional  distillation.  Petroleum  is  separated  into 
fractions  by  distillation  and  is  subjected  to  catalytic  cracking  in  a  refinery,  as 
shown  here. 

gasoline,  cracking  results  in  the  formation  of  hydrocarbons  of 
lower  molecular  weight,  such  as  ethylene  and  propene.  These 
substances  are  used  in  a  variety  of  reactions  to  form  plastics 
and  other  chemicals. 

The  octane  rating  of  gasoline  is  also  increased  by  adding 
certain  compounds  called  antiknock  agents  or  octane  enhancers. 
Until  the  mid-1970s  the  principal  antiknock  agent  was 
tetraethvl  lead,  (C^H^Pb.  It  is  no  longer  used,  however,  be- 

cause of  the  environmental  hazards  of  lead  and  because  it  poi- 

sons catalytic  converters.  ("Chemistry  at  Work,''  Section Aromatic  compounds  such  as  toluene  (ChH=;CH3)  and 
oxygenated  hydrocarbons  such  as  ethanol  (CH3CH2OH) 

and  methyl  ferf-butyl  ether  (MTBE,  shown  below)  are  now  gen- 
erally used  as  antiknock  agents. 

CH3 

CH3— C— O— CH3 

CH3 

Use  of  MTBE  has  been  banned  in  several  states,  however,  be- 
cause it  finds  its  way  into  drinking-water  supplies  from  spills 

and  leaking  storage  tanks,  giving  the  water  a  bad  smell  and 
taste  and  perhaps  producing  adverse  health  effects. 
Related  Exercises:  25.29  and  25.30 
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25.4  |  Unsaturated  Hydrocarbons  

The  presence  of  one  or  more  multiple  bonds  makes  the  structure  and  reactivity 

oi  unsaturated  hydrocarbons  significantly  different  from  those  of  alkanes. 

Alkenes 

Alkenes  are  unsaturated  hydrocarbons  that  contain  a  C  =C  bond.  The  simplest 
alkene  is  CHt^CHi,  called  ethene  (IUPAC)  or  ethylene.  Ethylene  is  a  plant 
hormone.  It  plays  important  roles  in  seed  germination  and  fruit  ripening.  The 

next  member  of  the  series  is  Chh  —  CH=CH2,  called  propene  or  propylene. 
For  alkenes  with  lour  or  more  carbon  atoms,  several  isomers  exist  for  each  mol- 

ecular formula.  For  example,  there  are  four  isomers  of  C4HS,  >1s  shown  in 
Figure  23.10  ▼.  Notice  both  their  structures  and  their  names. 

The  names  of  alkenes  are  based  on  the  longest  continuous  chain  of  carbon 
atoms  that  contains  the  double  bond.  The  name  giv  en  to  the  chain  is  obtained 

from  the  name  of  the  corresponding  alkane  (Table  25. 1 )  by  changing  the  ending 

from  -tine  to  -cue.  The  compound  on  the  left  in  Figure  25.10,  for  example,  has  a 
double  bond  as  part  of  a  three-carbon  chain;  thus,  the  parent  alkene  is  propene. 

The  location  of  the  double  bond  along  an  alkene  chain  is  indicated  by  a  pre- 
fix number  that  designates  the  number  of  the  carbon  atom  that  is  part  of  the 

double  bond  and  is  nearest  an  end  of  the  chain.  The  chain  is  always  numbered 

from  the  end  that  brings  us  to  the  double  bond  sooner  and  hence  gives  the 

smallest-numbered  prefix.  In  propene  the  only  possible  location  for  the  double- 
bond  is  between  the  first  and  second  carbons;  thus,  a  prefix  indicating  its  loca- 

tion is  unnecessary.  For  butene  (Figure  25.10)  there  are  two  possible  positions 

for  the  double  bond,  either  after  the  first  carbon  (1 -butene)  or  after  the  second 
carbon  (2-butene). 

Q    CIVE  IT  SOME  THOUGHT 

How  many  distinct  locations  are  there  for  one  double  bond  in  a  five-carbon  cyclic 
chain? 

If  a  substance  contains  two  or  more  double  bonds,  each  is  located  by  a 

numerical  prefix.  1  he  ending  of  the  name  is  altered  to  identify  the-  number  of 
double  bonds:  diene  (two),  triene  (three),  and  so  forth.  For  example, 

CH2  =  CH—  CH2  —  CH=CH2  is  1,4-pentadiene. 
The  two  isomers  on  the  right  in  Figure  25.10  differ  in  the  relativ  e  locations 

of  their  terminal  methyl  groups.  These  two  compounds  are  geometric  isomers, 

compounds  that  have  the  same  molecular  formula  and  the  same  groups  bond- 
ed to  one  another,  but  differ  in  the  spatial  arrangement  of  these  groups. 

In  the  cis  isomer  the  two  methyl  groups  are  on  the  same  sale 
of  the  double  bond,  whereas  in  the  trans  isomer  they  are  on  opposite  sides. 

Geometric  isomers  possess  distinct  physical  properties  and  often  differ  signifi- 
cantly in  their  chemical  behavior. 

CTb             H  ChhCH,              H  II 
3    3\           /  4       3       \           /  4       \           /'  1       \  / 
c=c  c=c  c=c  c=c 

H  H              H  H             H  Fl 

Methylpropene  1-Butene  c/s-2-Butene  fra«s-2-Butene 

bp  -7°C  bp  -6°C  bp  f4°C  bp  H°C 

▲  Figure  25.10  C4H8  structural  isomers.  Full  structural  formulas,  names,  and  boiling  points  of  alkenes 
having  the  molecular  formula  C4H8. 
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V  Figure  25.11    Rotation  about  a 
carbon-carbon  double  bond.  In  an  alkene,  the 
overlap  of  the  p  orbitals  that  form  the  tt  bond  is 
lost  in  the  rotation.  For  this  reason,  rotation  about 
carbon-carbon  double  bonds  does  not  occur 
readily. 

bond 
H 

R~
 

H 

R  R 

90  rotation 

around 
double  bond 

Geometric  isomerism  in  alkenes  arises  because,  unlike  the  C  —  C  bond,  the 
C  =  C  bond  resists  twisting.  Recall  that  the  double  bond  between  two  carbon 
atoms  consists  of  a  a  and  a  tt  bond.  Figure  25.11  A  show  s  a  cis 

alkene.  The  carbon-carbon  bond  axis  and  the  bonds  to  the  hydrogen  atoms  and  to 

the  alkyl  groups  (designated  R)  are  all  in  a  plane.  The  p  orbitals  that  overlap  side- 
ways to  form  the  tt  bond  are  perpendicular  to  the  molecular  plane.  As  Figure 

25.11  shows,  rotation  around  the  carbon-carbon  double  bond  requires  the  -  bond 
to  be  broken,  a  process  that  requires  considerable  energy  (about  250  kj/mol). 

While  rotation  about  a  double  bond  doesn't  occur  easily,  rotation  about  a  double 
bond  is  a  key  process  in  the  chemistry  of  vision. 

Mi  SAMPLE  EXERCISE  25.3  |  Drawing  Isomers 

Draw  all  the  structural  and  geometric  isomers  of  pentene,  C=;H]0/  that  have  an  un- 
branched  hydrocarbon  chain. 

Solution 
Analyze:  We  are  asked  to  draw  all  the  isomers  (both  structural  and  geometric)  for  an 
alkene  with  a  five-carbon  chain. 
Plan:  Because  the  compound  is  named  pentene  and  not  pentadiene  or  pentatriene, 
we  know  that  the  five-carbon  chain  contains  only  one  carbon-carbon  double  bond. 
Thus,  we  can  begin  by  first  placing  the  double  bond  in  various  locations  along  the 
chain,  remembering  that  the  chain  can  be  numbered  from  either  end.  After  finding 
the  different  distinct  locations  for  the  double  bond,  we  can  consider  whether  the  mol- 

ecule can  have  cis  and  trans  isomers. 

Solve:  There  can  be  a  double  bond  after  either  the  first  carbon  (1-pentene)  or  second 
carbon  (2-pentene).  These  are  the  only  two  possibilities  because  the  chain  can  be 
numbered  from  either  end.  (Thus,  what  we  might  erroneously  call  4-pentene  is  actu- 

ally 1-pentene,  as  seen  by  numbering  the  carbon  chain  from  the  other  end.) 
Because  the  first  C  atom  in  1-pentene  is  bonded  to  two  H  atoms,  there  are  no  cis- 

trans  isomers.  On  the  other  hand,  there  are  cis  and  trans  isomers  for  2-pentene.  Thus, 
the  three  isomers  for  pentene  are 

CFh  —  Chh— CH,— CH=CH,  CH3— CH,  CH^ 3  2  2  _  3  2X  /  3 

1 -Pentene  — 
H  H 

CH3     CH2  t/.s-2-Pentene 
C=C 
/  \ 
H  CH3 

//•<(/;.v-2-Pentene 

(You  should  conv  ince  yourself  that  cis-  or  frans-3-pentene  is  identical  to  cis-  or  trans- 
2-pentene,  respectively.) 

■■  PRACTICE  EXERCISE 

How  many  straight-chain  isomers  are  there  of  hexene,  Q,Hi2? 
Answer:  five  (1-hexene,  ns-2-hexene,  frans-2-hexene,  czs-3-hexene,  fr«»s-3-hexene) 
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Alkynes 

Alkynes  are  unsaturated  hydrocarbons  containing  one  or  more  C  =  C  bonds. 
The  simplest  alkyne  is  acetylene  (C2H2),  a  highly  reactive  molecule.  When  acety- 

lene is  burned  in  a  stream  of  oxygen  in  an  oxyacetvlene  torch,  the  flame  reaches 
about  3200  K.  The  oxyacetvlene  torch  is  widely  used  in  welding,  which  requires 
high  temperatures.  Alkynes  in  general  are  highly  reactive  molecules.  Because  of 
their  higher  reactiv  ity,  they  are  not  as  widely  distributed  in  nature  as  alkenes; 

alkynes,  howev  er,  are  important  intermediates  in  many  industrial  processes. 

Alkynes  are  named  by  identifying  the  longest  continuous  chain  in  the  mol- 
ecule containing  the  triple  bond  and  modifying  the  ending  of  the  name  as  list- 

ed in  Table  25.1  from  -mic  to  -yne,  as  shown  in  Sample  Exercise  25.4. 

■■  SAMPLE  EXERCISE  25.4  |  Naming  Unsaturated  Hydrocarbons 

Name  the  following  compounds: CH3 

(a)  CH^CTTCH,— CH  ^CH3  (b)  CH3CH2CH2CH— C=CH 

/C  =  C\  CH2CH2CH3 H  H 

Solution 
Analyze:  We  are  given  the  structural  formulas  for  two  compounds,  the  first  an 
alkene  and  the  second  an  alkyne,  and  asked  to  name  the  compounds. 
Plan:  In  each  case  the  name  is  based  on  the  number  of  carbon  atoms  in  the  longest 
continuous  carbon  chain  that  contains  the  multiple  bond.  In  the  case  of  the  alkene, 
care  must  be  taken  to  indicate  whether  cis-trans  isomerism  is  possible  and,  if  so, 
which  isomer  is  given. 
Solve:  (a)  The  longest  continuous  chain  of  carbons  that  contains  the  double  bond  is 
seven  in  length.  The  parent  compound  is  therefore  heptene.  Because  the  double  bond 
begins  at  carbon  2  (numbering  from  the  end  closest  to  the  double  bond),  the  parent 
hydrocarbon  chain  is  named  2-heptene.  A  methyl  group  is  found  at  carbon  atom  4 
Thus,  the  compound  is  4-methyl-2-heptene.  The  geometrical  configuration  at  the 
double  bond  is  cis  (that  is,  the  alkyl  groups  are  bonded  to  the  double  bond  on 
the  same  side).  Thus,  the  full  name  is  4-methyl-c/s-2-heptene. 

(b)  The  longest  continuous  chain  of  carbon  atoms  containing  the  triple  bond  is 
six,  so  this  compound  is  a  derivative  of  hexyne.  The  triple  bond  comes  after  the  Inst 
carbon  (numbering  from  the  right),  making  it  a  derivative  of  1 -hexyne.  The  branch 
from  the  hexyne  chain  contains  three  carbon  atoms,  making  it  a  propyl  group.  Be- 

cause it  is  located  on  the  third  carbon  atom  of  the  hexyne  chain,  the  molecule  is  3- 
propyl-1 -hexyne. 

B1  PRACTICE  EXERCISE 

Draw  the  condensed  structural  formula  for  4-methyl-2-pentyne. 
Answer:  CH3— C=C — CH— CH3 CH3 

Addition  Reactions  of  Alkenes  and  Alkynes 

The  presence  of  carbon-carbon  double  or  triple  bonds  in  hydrocarbons 
markedly  increases  their  chemical  reactivity.  The  most  characteristic  reactions 
of  alkenes  and  alkynes  are  addition  reactions,  in  which  a  reactanl  is  added  to 

the  two  atoms  that  form  the  multiple  bond.  A  simple  example  is  the  addition  of 
a  halogen  such  as  Br2  to  ethylene: 

H2C=CH:+br     -*  H2C—  CH2  [25.1] 

I'D  l'»i 
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ACTIVITY 
Addition  Reactions  of  Alkenes 

P 

ANIMATION 

Surface  Readion-Hydrogenation 

The  pair  of  electrons  that  forms  the  tt  bond  in  ethylene  is  uncoupled  and  is 
used  to  form  two  new  bonds  to  the  two  bromine  atoms.  The  <r  bond  between 
the  carbon  atoms  is  retained. 

Addition  of  lh  to  an  alkene  converts  it  to  an  alkane: 

CF-hCH=CHCf-h  +  H2 
Ni,  5(1(1  C CH3CH2CH2CH3 

[25.2] 

The  reaction  between  an  alkene  and  H2,  referred  to  as  hydrogenation,  does  not 

occur  readily  under  ordinary  conditions  of  temperature  and  pressure.  One  rea- 
son for  the  lack  of  reactivity  of  H2  toward  alkenes  is  the  high  bond  enthalpy  of 

the  H2  bond.  To  promote  the  reaction,  it  is  necessary  to  use  a  catalyst  that  assists 

in  rupturing  the  H  —  H  bond.  The  most  widely  used  catalysts  are  finely  divid- 
ed metals  on  which  H2  is  adsorbed. 

Hydrogen  halides  and  water  can  also  add  to  the  double  bond  of  alkenes,  as 
illustrated  by  the  following  reactions  of  ethylene: 

CH->  =  CH->  +  HBr 

CH->  =  CH->  +  hhO 

CH,CH2BR H2so4 

CHCHOH 

[25.3] 

[25.4] 

P 
MOVIE 
Testing  for  Unsaturated  Hydrocarbons  with 
Bromine 

The  addition  of  water  is  catalyzed  by  a  strong  acid,  such  as  H2S04 . 
The  addition  reactions  of  alkynes  resemble  those  of  alkenes,  as  shown  in 

the  following  examples: 

CH3C=CCH3  +  ( 

2-Butyne 

\  /
CH< 

CH3 

r/77//s-2,3-Dichloro-2-butene 

[2^] 

CH,C=CCH,  +  2  C 

CI  CI 

CH3— C— C— CH3 

CI  CI 

[25.6] 

2-Butyne 

2,2,3,3-Tetrachlorobutane 

The  Accidental  Discovery  of  Teflon' 
CHEMISTRY  AT  WORK 

A polymer  is  a  material  with  a  high  molecular  weight  that  is 
formed  when  simple  molecules  called  monomers  join  to- 

gether in  long  chains.  '.)  Polymers  may  be  ei- 
ther natural  or  synthetic  in  origin.  Later  in  this  chapter  we  will 

see  examples  of  sev  eral  natural  polymers,  such  as  proteins  and 
starch.  In  Section  12.2  we  discussed  several  synthetic  polymers, 
such  as  polyethylene  and  nylon.  Another  synthetic  polymer  is 

Teflon '  ,  which  was  discovered  quite  by  accident. 
In  1938  a  scientist  at  Dn  Pont  named  Roy  J.  Plunkett  made  a 

rather  curious  observation:  A  tank  of  gaseous  tetrafluoroethylene 

(CF2  =  CF2)  that  was  supposed  to  be  full  seemed  to  have  no  gas 
in  it.  Rather  than  discard  the  tank,  Plunkett  decided  to  cut  it 
open.  I  le  found  that  the  inside  of  the  tank  was  coated  with  a 
waxy  white  substance  that  was  remarkably  unreactive  toward 
even  the  most  corrosiv  e  reagents.  The  compound  was  formed  by 
the  addition  polymerization  (Section  12.2)  of  tetrafluoroethylene: 

r-c       r-c     polymerization  ^c fiCF2=CF2  *  — fCF2  —  CF2-)-„ 

As  it  turned  out,  the  properties  of  Teflon4  were  ideal  for 
an  immediate  and  important  application  in  the  development 
of  the  first  atomic  bomb.  Uranium  hexafluoride  (UF6),  which 

was  used  to  separate  fissionable  23?U  by  gaseous  diffusion 
(see  the  "Chemistry  at  Work"  box  in  Section  10.8),  is  an  ex- 

tremely corrosive  material.  Teflon -'  was  used  as  a  gasket  mate- 
rial in  the  gaseous  diffusion  plant.  It  is  now  used  in  a  variety 

of  applications,  from  nonstick  cookware  to  space  suits. 

Plunkett' s  desire  to  know  more  about  something  that  just 

didn't  seem  right  is  a  wonderful  example  of  how  natural  sci- 
entific curiosity  can  lead  to  remarkable  discoveries.  If  you 

want  to  read  about  more  such  accidental  discoveries,  we  rec- 

ommend Royston  M.  Roberts,  Serendipity:  Accidental  Discover- 
ies in  Science,  John  Wiley  and  Sons,  1989. 
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■I  SAMPLE  EXERCISE  25.5  |  Identifying  the  Product  of  a  Hydrogenation  Reaction 

Write  the  structural  formula  for  the  product  of  the  hydrogenation  of  3-methyl- 
1-pentene. 
Solution 

Analyze:  We  are  asked  to  predict  the  compound  formed  when  a  particular  alkene 
undergoes  hydrogenation  (reaction  with  1 12). 
Plan:  To  determine  the  structural  formula  of  the  reaction  product,  we  must  first 
write  the  structural  formula  or  Lewis  structure  ol  the  reactant.  In  the  hydrogenation 
of  the  alkene,  1 1:  adds  to  the  double  bond,  producing  an  alkane.  (  That  is,  each  carbon 
atom  of  the  double  bond  forms  a  bond  to  an  1 1  atom,  and  the  double  bond  is  com  ci  t- 

ed to  a  single  bond.) 
Solve:  The  name  of  the  starting  compound  tells  us  that  we  have  a  chain  of  five  C 
atoms  with  a  double  bond  at  one  end  (position  1 )  and  a  methyl  group  on  the  thud  C 
from  that  end  (position  3): 

(  II 

CH2=CH  — CM — CH2 — C  I  I 

Hydrogenation — the  addition  of  two  H  atoms  to  the  carbons  of  the  double  bond  — 
leads  to  the  following  alkane: 

CH3 

CH3— CH2— CH— CH2— CH3 

Comment:  The  longest  chain  in  the  product  alkane  has  five  carbon  atoms;  its  name 
is  therefore  3-methyIpentane. 

MB  PRACTICE  EXERCISE 

Addition  of  HC1  to  an  alkene  forms  2-chloropropane.  What  is  the  alkene? 
Answer:  propene 

Mechanism  of  Addition  Reactions 

As  the  understanding  of  chemistry  has  grown,  chemists  have  been  able  to  advanc  e 
from  simply  cataloging  reactions  known  to  occur  to  explaining  how  they  occur.  An 
explanation  of  how  a  reaction  proceeds  is  called  a  mechanism. 

In  Equation  25.3  we  considered  the  addition  reaction  between  HBr  and  an 

alkene.  This  reaction  is  thought  to  proceed  in  two  steps.  In  the  first  step,  which  is 

rate  determining  [  ],  the  HBr  molecule  attacks  the  electron-rich 

double  bond,  transferring  a  proton  to  one  of  the  two  alkene  carbons.  In  the  reac- 
tion of  2-butene  with  HBr,  for  example,  the  first  step  proceeds  as  follows: 

CH3CH  =  CHCH3  +  HBr CH3CH  —  CH2CH3  Br CH3CH— CHCH 

M 

Brs
 

The  pair  of  electrons  that  formed  the  tt  bond  between  the  carbon  atoms  in  the 
alkane  is  used  to  form  the  new  C  —  H  bond. 

The  second  step,  involving  the  addition  of  Br  to  the  positively  charged 
carbon,  is  faster: 

CH,CH— CH2CH3  +  Br CH3CH— CH2CH3 

Br* 

CH3CHCH2CH3 

Hi 

[25.7] 

f  25.81 
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In  this  reaction  the  bromide  ion  (Br  )  donates  a  pair  of  electrons  to  the  carbon, 

forming  the  new  C  —  Br  bond. 
Because  the  first  rate-determining  step  in  the  reaction  involves  both  the 

alkene  and  acid,  the  rate  law  for  the  reaction  is  second  order,  first  order  each  in 
the  alkene  and  HBr: 

A[CH3CH=CHCH3] 
Rate  —   =  fr[CH3CH=CHCH3][HBr|  [25.9] 

The  energy  profile  for  the  reaction  is  shown  in  Figure  25.12  T.  The  first  energy 
maximum  represents  the  transition  state  in  the  first  step  of  the  mechanism.  The 
second  maximum  represents  the  transition  state  for  the  second  step.  Notice  that 
there  is  an  energy  minimum  between  the  first  and  second  steps  of  the  reaction. 
This  energv  minimum  corresponds  to  the  energies  of  the  intermediate  species, 
CH-<CH  — CFhCFh  and  Br  . 

"  + 

To  show  electron  movement  in  reactions  like  these,  chemists  often  use 

curved  arrows,  which  point  in  the  direction  of  the  electron  flow  (from  a  nega- 
tive charge  toward  a  positiv  e  charge).  For  the  addition  of  HBr  to  2-butene,  the 

shifts  in  electron  positions  are 

H    H  II  II 

CH3CH=CHCFh  H      -Br:  CF  -C— C— CH3  +  :Br:  CH3— C— C— CH3 :Br:  H 

▲  Figure  25.12   Energy  profile  for  addition  of  HBr  to  2-butene. 
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Aromatic  Hydrocarbons 

Aromatic  hydrocarbons  are  a  large  and  important  class  of  hydrocarbons.  I  he 
simplest  member  of  the  series  is  benzene  (C,,l  I,,),  whose  structure  is  shown  in 
Figure  25.3.  The  planar,  highly  symmetrical  structure  of  benzene,  w  ith  its 

120°  bond  angles,  suggests  a  high  degree  of  unsaturation.  You  might  there- 
hire  expect  benzene  to  resemble  the  unsaturated  hydrocarbons  and  to  be 
highly  reactiv  e.  The  chemical  behavior  of  benzene,  however,  is  unlike  that  of 
alkenes  or  alkynes.  Benzene  and  the  other  aromatic  hydrocarbons  are  much 
more  stable  than  alkenes  and  alkynes  because  the  -  electrons  are  delocalized 
in  the  tt  orbitals. 

Bach  aromatic  ring  system  is  given  a  common  name  as  shown  in 
Figure  25. 1 3  ► .  Although  aromatic  hydrocarbons  are  unsaturated,  they  do  not 

readily  undergo  addition  reactions.  The  delocalized  -  bonding  causes  aromatic 
compounds  to  behave  quite  differently  from  alkenes  and  alkynes.  Benzene,  for 

example,  dot's  not  add  CI2  or  Bn  to  its  double  bonds  under  ordinary  condi- 
tions. In  contrast,  aromatic  hydrocarbons  undergo  substitution  reactions  rela- 
tively easily.  In  a  substitution  reaction  one  atom  of  a  molecule  is  removed  and 

replaced  (substituted)  by  another  atom  or  group  of  atoms.  When  benzene  is 

warmed  in  a  mixture  of  nitric  and  sulfuric  acids,  for  example,  hydrogen  is  re- 
placed by  the  nitro  group,  N(  )2: 

HiO 

More  vigorous  treatment  results  in  substitution  of  a  second  nitro  group  into  the 
molecule: 

Benzene 

Anthracene 

Naphthalene 

CFh 

1  oluene 

Metlw  Iben/ene 

▲  Figure  25.13   Condensed  structural 
formulas  and  common  names  of  several 
aromatic  compounds.  The  aromatic  rings  are 
represented  by  hexagons  with  a  circle  inscribed 
inside  to  denote  aromatic  character.  Each  corner 
represents  a  carbon  atom.  Each  carbon  is  bound 
to  three  other  atoms-either  three  carbons  or  two 
carbons  and  a  hydrogen  The  hydrogen  atoms 
are  not  shown 

There  are  three  possible  isomers  of  benzene  with  two  nitro  groups 

attached.  These  three  isomers  are  named  ortho-,  meta-,  and  prtra-dinitrobenzene: 

orf/zo-Dinitroben/ene     ///rftf-Di  nitrobenzene     pma-\  )initrobenzene 

mp  I  L8°C  mp90°C  mp  174  ( 

Mainly  the  meta  isomer  is  formed  in  the  reaction  of  nitric  acid  with 
nitrobenzene. 

Q    GIVE  IT  SOME  THOUGHT 

When  naphthalene  is  reacted  with  nitric  and  sulfuric  acids,  two  compounds  contain- 
ing one  nitro  group  are  formed.  Draw  the  structures  of  these  two  compounds. 
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Aromatic  Stabilization 

e  can  estimate  the  stabilization  of  the  tt  electrons  in  ben- 

zene by  comparing  the  energy  required  to  add  hydro- 
gen to  benzene  to  form  a  saturated  compound  with  the  energy 

required  to  hydrogenate  certain  alkenes.  The  hydrogenation 
of  benzene  to  form  cyclohexane  can  be  represented  as 

3  FL AFP -208  k|/mol 

The  enthalpy  change  in  this  reaction  is  -208  kj/mol.  The  heat  of 
;  hydrogenation  of  the  cyclic  alkene  cyclohexene  is  -120  kj/mol: 

+  H, 

AH': 

120  kj/mol 

Similarly,  the  heat  released  on  hydrogenating  1,4-cyclohexadiene 
is  -232kJ/mol: 

2  FL 
AH -232  kj/mol 

From  these  last  two  reactions,  it  appears  that  the  heat  of  hy- 
drogenating each  double  bond  is  roughly  116  kj/mol  for  each 

bond.  There  is  the  equivalent  of  three  double  bonds  in  ben- 
zene. We  might  expect,  therefore,  that  the  heat  of  hydrogenat- 

ing benzene  would  be  about  3  times  -116,  or  -348  kj/mol,  if 

benzene  behaved  as  though  it  were  "cyclohexatriene";  that  is, 
it  it  behaved  as  though  it  had  three  isolated  double  bonds  in  a 
ring.  Instead,  the  heat  released  is  140  kj  less  than  this,  indicat- 

ing that  benzene  is  more  stable  than  would  be  expected  for 
three  double  bonds.  The  difference  of  140  kj/mol  between  the 

"expected"  heat  of  hydrogenation,  -348  kj/mol,  and  the 
observed  heat  of  hydrogenation,  -208  kj/mol,  is  due  to  stabi- 

lization of  the  tt  electrons  through  derealization  in  the  tt  or- 
bitals  that  extend  around  the  ring  in  this  aromatic  compound. 
Related  Exercises:  25.37,  25.38 

The  bromination  of  benzene,  which  is  carried  out  using  FeBr^  as  a  catalyst, 
is  another  substitution  reaction: 

[25.12] 

In  a  similar  reaction,  called  the  Friedel-Crafts  reaction,  alkyl  groups  can  be 

substituted  onto  an  aromatic  ring  by  reaction  of  an  alkyl  halide  with  an  aromat- 
ic compound  in  the  presence  of  AICI3  as  a  catalyst: 

+  HC1  [25.13] 

25.5  I  Functional  Groups:  Alcohols  and  Ethers  

The  reactivity  of  organic  compounds  can  be  attributed  to  particular  atoms  or 

groups  of  atoms  within  the  molecules.  A  site  of  reactivity  in  an  organic  mole- 
cule is  called  a  functional  group  because  it  controls  how  the  molecule  behaves  or 

functions.  As  we  have  seen,  the  presence  of  C  =  C  double 
bonds  or  C  =  C  triple  bonds  in  a  hydrocarbon  markedly  increases  its  reactivity. 
Furthermore,  these  functional  groups  each  undergo  characteristic  reactions. 

Each  distinct  kind  of  functional  group  often  undergoes  the  same  kinds  of  reac- 
tions in  every  molecule,  regardless  of  the  size  and  complexity  of  the  molecule. 

Thus,  the  chemistry  of  an  organic  molecule  is  largely  determined  by  the  func- 
tional groups  it  contains. 
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TABLE  25.4   Common  Functional  Groups  in  Organic  Compounds 

Functional 
Grou  p 

I  \  pr  ol 
Compound 

Suffix 
or  Prefix Example 

S\  stematic 

N  a  m  e 

\  / 
C=C 
/  \ 

Alkene 

-ene H 

H 

H 

H 

1  thene 

Alkyne 
-yne 

II— 

-11 

Ethyne 

i  i 

— C— 6— H Alcohol ol 

H  — 

1  1 
Methanol 

i  i 

1  i 1  1 

 £  ^  ̂   ^  ~  Ether i  tin  i 

1 1  — 

1  1 
i  — 

1  1 

l  1 1  1 I  Jinu'thN  1  etlu'i 

H 

1  laloalkane halo 1  1 Chlorometh.me 

(X  =  halogen) 
H 

—  C— N  — Amine 
-mimic 

II  II II  II 

H— C- II  II 1  1 

« 
Ethylamine 

1 1 1 1 

— C— H Aldehyde 

-al 

H — C- 
1  1 

1  thanal 

•vj. 

■  i 

ri 

— c— c— c- Ketone 

-one 

1 1— 

1  1 H 

1  1 
Propan<  >ne 

•rv 

II  .. 

1 1 

— C — O — H Carboxylic 
ac  id 

-oic  acid 

H— C- 

Ethanoic  ai.  id 

•\J- 
II      ..  1 

l  i 

l  I 
— c— o— c- Ester 

-oate 
1 

H— C— 
H 

— H 

M 

Methyl  ethanoate 

:0: 

II  .. 

H 

—  C— N— Amide 
-amide 

H — C- 
1 1 

H 

1  1 1  thanamide 

Table  25.4  ▲  lists  the  most  common  functional  groups  and  gives  examples  of 

each.  Notice  that  in  addition  to  C  =  C  double  bonds  or  C  =  C  triple  bonds,  then' 
are  also  many  functional  groups  that  contain  elements  other  than  just  C  and  1 1. 
Many  of  the  functional  groups  contain  other  nonmetals  such  as  O  and  N. 
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►  Figure  25.14   Structural  formulas  of  six 
important  alcohols.  Common  names  are  given 
in  blue. 

CH3 

CH3—  CH—  CH3       CH3—  C— CH3        CH2— CH2 

2-Propanol 

Phenol 

Ol  I 

CH2— CH  — CH2 

(  H  I     OH     Ol  I 

1,2,3-Propanetriol 

OH  OH 

2-Methyl-2-propanol  1,2-Ethanediol 

Cholesterol 

C  I  I 

▲  Figure  25.15   Everyday  alcohols.  Many 
of  the  products  we  use  every  day-from  rubbing 
alcohol  and  throat  lozenges  to  hair  spray  and 
antifreeze-are  composed  either  entirely  or 
mainly  of  alcohols. 

We  can  think  of  organic  molecules  as  being  composed  of  functional  groups 
that  are  bonded  to  one  or  more  alkyl  groups.  The  alkvl  groups,  which  are  made 

of  C  —  C  and  C  —  H  single  bonds,  are  the  less  reactive  portions  of  the  organic 
molecules.  In  describing  general  features  of  organic  compounds,  chemists  often 
use  the  designation  R  to  represent  any  alkyl  group:  methyl,  ethyl,  propyl,  and 

so  on.  Alkanes,  for  example,  which  contain  no  functional  group,  are  represent- 

ed as  R  —  H.  Alcohols,  which  contain  the  — OH,  or  alcohol  functional  group, 
are  represented  as  R  —  OH.  if  two  or  more  different  alkyl  groups  are  present  in 

a  molecule,  we  will  designate  them  as  R,  R',  R",  and  so  forth.  In  this  section  we 
examine  the  structure  and  chemical  properties  of  two  functional  groups,  alco- 

hols and  ethers.  In  Section  25.6  we  consider  some  additional  functional  groups 
that  contain  C  =  0  bonds. 

Alcohols  -OH) 

Alcohols  are  hydrocarbon  derivatives  in  which  one  or  more  hydrogens  of  a 

parent  hydrocarbon  have  been  replaced  by  a  hydroxy]  or  alcohol  functional 

group,  — OH.  Figure  25.14  ▲  shows  the  structural  formulas  and  names  of  sev- 
eral alcohols.  Note  that  the  name  for  an  alcohol  ends  in  -ol.  The  simple  alcohols 

are  named  by  changing  the  last  letter  in  the  name  of  the  corresponding  alkane 

to  -ol — for  example,  ethane  becomes  ethano/.  Where  necessary,  the  location  of 
the  OH  group  is  designated  by  an  appropriate  numeral  prefix  that  indicates  the 
number  of  the  carbon  atom  bearing  the  OH  group,  as  shown  in  the  examples  in 

Figure  25.14. 
The  O  —  H  bond  is  polar,  so  alcohols  are  much  more  soluble  in  polar  sol- 

vents such  as  water  than  are  hydrocarbons.  The  — OH  functional  group  can 
also  participate  in  hydrogen  bonding.  As  a  result,  the  boiling  points  of  alcohols 
are  much  higher  than  those  of  their  parent  alkanes. 

Figure  25.15  -4  shows  several  familiar  commercial  products  that  consist  en- 

tirely or  in  large  part  of  an  organic  alcohol.  Let's  consider  how  some  of  the  more 
important  alcohols  are  formed  and  used. 

The  simplest  alcohol,  methanol  (methyl  alcohol),  has  many  important  in- 
dustrial uses  and  is  produced  on  a  large  scale.  Carbon  monoxide  and  hydrogen 

are  heated  together  under  pressure  in  the  presence  of  a  metal  oxide  catalyst: 

CO(g)  +  2  H2(g)  2°"-^tm  .  CH3OH(g)  [25.14] 
Because  methanol  has  a  very  high  octane  rating  as  an  automobile  fuel,  it  is  used 
as  a  gasoline  additive  and  as  a  fuel  in  its  own  right. 
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Ethanol  (ethyl  alcohol,  C2H5OI  I)  is  a  product  of  the  fermentation  of  carbo- 
hydrates such  as  sugar  and  starch.  In  the  absence  of  air,  yeast  cells  convert  car- 

bohydrates into  a  mixture  of  ethanol  and  COi,  as  shown  in  Equation  2^.15.  In 
the  process,  yeast  derives  energy  necessary  for  growth. 

C6H  l206H)  2  C2H5OH(fl<7)  +  2  C02(g)  [25.15] 

This  reaction  is  carried  out  under  carefully  controlled  conditions  to  produce 
beer,  wine,  and  other  beverages  in  which  ethanol  is  the  active  ingredient. 

Many  polyhydroxyl  alcohols  (those  containing  more  than  one  Oil  group) 

are  known.  The  simplest  ot  these  is  1 ,2-ethanediol  (ethylene  glycol, 
HOChhCHhOI  I).  I  his  substance  is  the  major  ingredient  in  automobile  an- 

tifreeze. Another  common  polyhydroxyl  alcohol  is  1,2,3-propanetriol  [glycerol, 
HOCH2CH(OH)CH2OI  [].  It  is  t1  viscous  liquid  that  dissolves  readily  in  water 
and  is  widely  used  as  a  skin  softener  in  cosmetic  preparations.  It  is  also  used  in 
foods  and  candies  to  keep  them  moist. 

Phenol  is  the  simplest  compound  with  an  Ol  I  group  attached  to  an  aromat- 
ic ring.  One  of  the  most  striking  effects  of  the  aromatic  group  is  the  greatly  in- 

creased acidity  of  the  OH  group.  Phenol  is  about  1  million  times  more  acidic  in 
water  than  a  typical  nonaromatic  alcohol  such  as  ethanol.  Even  so,  it  is  not  a 

very  strong  acid  (K„  -  1.3  ■  10  '").  Phenol  is  used  industrially  to  make  sever- 
al kinds  of  plastics  and  dyes.  It  is  tilso  used  as  a  topical  anesthetic  in  many  sore 

throat  sprays. 
Cholesterol,  shown  in  Figure  25.14,  is  a  biochemically  important  alcohol. 

The  OH  group  forms  only  a  small  component  ot  this  rather  large  molec  ule,  so 

cholesterol  is  only  slightly  soluble  in  water  (0.2h  g  per  1(H)  ml  of  1 1  >0).  Choles- 
terol is  a  normal  component  of  our  bodies;  when  present  in  excessive  amounts, 

however,  it  may  precipitate  from  solution.  It  precipitates  in  the  gallbladder  to 
form  crystalline  lumps  called  gallstones.  It  may  also  precipitate  against  the  w  alls 

of  veins  and  arteries  and  thus  contribute  to  high  blood  pressure  and  other  car- 
diovascular problems.  The  amount  of  cholesterol  in  our  blood  is  determined 

not  only  by  how  much  cholesterol  we  eat  but  also  by  total  dietar)  intake.  I  here 
is  evidence  that  excessive  caloric  intake  leads  the  body  to  synthesize  excessive 
cholesterol. 

Ethers  0 

Compounds  in  which  two  hydrocarbon  groups  are  bonded  to  one  oxygen  are 
called  ethers.  Ethers  can  be  formed  from  two  molecules  of  alcohol  bv  splitting 
out  a  molecule  of  water.  The  reaction  is  thus  a  dehydration;  it  is  catalyzed  by 
sulfuric  acid,  which  takes  up  water  to  remove  it  from  the  system: 

CH^CH2-  -OCH.CH^     ":S°4  »  CH.CH,  —  O  —  CH.CH^  1 
[25.16] 

A  reaction  in  which  water  is  split  out  from  two  substances  is  called  a 
condensation  reaction. 

Ethers  are  used  as  solvents.  Both  diethyl  ether  and  the  cyclic  ether  tetrahy- 
drofuran  are  common  solvents  for  organic  reactions: 

CH,— CH, 
CH^CH2—  (  i-CH,CH, CH,  CH2 \-  / 

Diethyl  ether  Tetrahydrofuran  (TI  IF) 
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25.6  |  Compounds  with  a  Carbonyl  Group 

Several  of  the  functional  groups  listed  in  Table  25.4  contain  a  C  =  0  double  bond. 
This  particular  group  of  atoms  is  called  a  carbonyl  group.  The  carbonyl  group, 

together  with  the  atoms  that  are  attached  to  the  carbon  of  the  carbonyl  group,  de- 
fines several  important  functional  groups  that  we  consider  in  this  section. 

o  o 

Aldehydes  C— H     and  Ketones       —  C— FT) 

In  aldehydes  the  carbonyl  group  has  at  least  one  hydrogen  atom  attached,  as  in 
the  following  examples: 

H  CH3 

Methanal  Ethanal 

In  ketones  the  carbonyl  group  occurs  at  the  interior  of  a  carbon  chain  and  is 
therefore  flanked  by  carbon  atoms: 

CH3—  —  CH3      Cbb—  —  CH2Chh 

Propanone  2-Butanone 

Aldehydes  and  ketones  can  be  prepared  by  carefully  controlled  oxidation 
of  alcohols.  It  is  fairly  easy  to  oxidize  alcohols.  Complete  oxidation  results  in 
formation  of  C02  and  H20,  as  in  the  burning  of  methanol: 

CH3Of%)  +  I  02(g)   »  C02(g)  +  2  H20(g) 

Controlled  partial  oxidation  to  form  other  organic  substances,  such  as  aldehydes 

and  ketones,  is  carried  out  by  using  various  oxidizing  agents  such  as  air,  hydro- 
gen peroxide  (H202),  ozone  (03),  and  potassium  dichromate  (K2Cr2C>7). 

9 GIVE  IT  SOME  THOUGHT 

Write  the  condensed  formula  for  the  ketone  that  would  result  from  partial  oxidation 
of  this  alcohol. 

CH,— CHOH 

/    ~  \ CH-,  rH, \-  / 

Many  compounds  found  in  nature  possess  an  aldehyde  or  ketone  function- 
al group.  Vanilla  and  cinnamon  flavorings  are  naturally  occurring  aldehydes. 

The  ketones  carvone  and  camphor  impart  the  characteristic  flavors  of 
spearmint  leaves  and  caraway  seeds. 

Ketones  are  less  reactive  than  aldehydes  and  are  used  extensively  as  sol- 

vents. Acetone,  which  boils  at  56°C,  is  the  most  widely  used  ketone.  The  carbonyl 
functional  group  imparts  polarity  to  the  solvent.  Acetone  is  completely  miscible 

with  water,  yet  it  dissolves  a  wide  range  of  organic  substances.  2-Butanone 

(CH  3COCH2CH3),  which  boils  at  80°C,  is  also  used  industrially  as  a  solvent. 



25.6 Compounds  w  ith  a  Carbonyl  Group i  os: 

O 

Carboxylic  Acids        C— OH 

We  first  discussed  carboxylic  r.cids  in  Section  16.10.  Carboxylic  acids  contain  the 

carboxyl  functional  group,  which  is  often  written  as  COOI  I.  I hese  weak  acids  are 
widely  distributed  in  nature  and  are  commonly  used  in  consumer  products 

[Figure  25. 16(a)  ►].  I  hey  are  also  important  in  the  manufacture  of  polymers  used  to 

make  fibers,  films,  and  paints.  Figure  25.17  ▼  shows  the  structural  formulas  of  sev- 
eral carboxylic  acids.  Notice  that  oxalic  acid  and  citric  acid  contain  two  and  three 

carboxyl  groups,  respectively.  The  common  names  of  manv  carboxylic  acids  are 

based  on  their  historical  origins.  Formic  acid,  for  example,  w  as  first  prepared  by  ex- 

traction from  ants;  its  name  is  deriv  ed  trom  the  I  atm  word  formica,  meaning  "ant." 
Carboxylic  acids  can  be  produced  by  oxidation  of  alcohols  in  which  the  CI  I 

group  is  attached  to  a  CH2  group,  such  as  ethanol  or  propanol.  Under  appropriate 

conditions  the  corresponding  aldehyde  may  be  isolated  as  the  first  product  of  oxi- 
dation. These  transformations  are  shown  tor  ethanol  in  the  following  equations,  in 

which  (O)  represents  an  oxidant  that  can  provide  oxygen  atoms  (such  as  K:Cr:CV): 

CH3CH2 

Ethanol 

(O) 

CH3  +  (O) 
Acetaldehvde 

>  C  H  3  +  H20 

Acetaldehv  de 

-  CH3 

Acetic  acid 

'5.18 

The  air  oxidation  of  ethanol  to  acetic  acid  is  responsible  for  causing  wines  to 
turn  sour,  producing  vinegar. 

Acetic  acid  can  also  be  produced  by  the  reaction  of  methanol  with  carbon 
monoxide  in  the  presence  of  a  rhodium  catalyst: 

Chh atalysl 
CHV 

[25.19] 

This  reaction  invokes,  in  effect,  the  insertion  of  a  carbon  monoxide  molecule 

between  the  Cbh  and  OH  groups.  A  reaction  of  this  kind  is  called  i  arbonylation. 

(a) 

▲  Figure  25.16   Everyday  carboxylic 
acids  and  esters,  (a)  Spinach  and  some  cleaners 
contain  oxalic  acid;  vinegar  contains  acetic  acid; 
vitamin  C  is  ascorbic  acid;  citrus  fruits  contain 
citric  acid;  and  aspirin  is  acetylsalicylic  acid 
(which  is  both  an  acid  and  an  ester),  (b)  Many 
sunburn  lotions  contain  the  ester  benzocaine; 
some  nail  polish  remover  is  ethyl  acetate; 
vegetable  oils  are  also  esters. 

CH3— CH- 

OH ( )\  I 

H- 

Meth
anoi

c  

acid 

—  CH2— C— CH2 

OH 

O— C— CI  I, 

O 

Acetylsalk  \  lie  at  id 

CH3- Ethanoic  acid Phenyl  methanok  <u  id 

A  Figure  25.17   Structural  formulas  of  common  carboxylic  acids.  The  IUPAC  names  are  given  in 
black  type  for  the  monocarboxylic  acids,  but  they  are  generally  referred  to  by  their  common  names  (blue  type). 
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CHEMISTRY  AT  WORK  |  Portrait  of  an  Organic  Chemical 

Few  other  chemicals  have  been  associated  with  human  his- 

tory for  as  long  as  acetic  acid  has.  It  is  the  primary  ingredi- 
ent of  vinegar,  formed  by  the  oxidation  of  ethyl  alcohol  in 

dilute  solutions  formed  from  fruit  juices.  The  oxidation,  which 
is  the  process  responsible  for  the  spoilage  of  wine  and  ciders,  is 

aided  by  bacteria.  When  such  "spoiled"  solutions  are  distilled, 
the  result  is  vinegar,  a  dilute  (4-8%)  solution  of  acetic  acid. 

A  more  complete  fractional  distillation  of  vinegar  can 

yield  nearly  pure  acetic  acid — a  clear,  colorless  liquid  that 
boils  at  118  "C  and  freezes  at  1(->.7°C.  Because  acetic  acid  solidi- 

fies when  stored  at  temperatures  not  much  below  room  tem- 

perature, the  term  "glacial  acetic  acid"  came  to  be  applied  to 
pure  or  nearly  pure  acetic  acid.  Although  vinegar  is  relatively 
harmless  and  is  a  common  household  solution  used  in  l  ook- 

ing and  cleaning,  pure  acetic  acid  is  highly  corrosive  and  ca- 
pable of  causing  severe  burns.  You  may  be  surprised  to  learn 

that  the  pure  acid  is  also  flammable. 
Acetic  acid  is  an  important  industrial  chemical.  More 

than  3  x  10  kg  are  produced  in  the  United  States  each  year, 
either  by  the  process  shown  in  Equation  25.19  or  by  a  similar 
process.  The  most  important  uses  are  for  the  formation  of 

acetate  esters,  as  illustrated  in  liquation  25.20.  For  example, 
aspirin  (acetylsalicylic  acid)  is  formed  by  the  reaction  of  acetic 
acid  with  salicylic  acid,  which  also  happens  to  have  a  hvdrox- 
yl  group  attached  to  the  benzene  ring: 

t  > OH 

Salicylic  acid 

O 

in  c  — on 

o C— OH 

OCCH, 

O 

Acetylsalicylic  acid 

Notice  that  this  is  a  condensation  reaction,  in  which  water  is  split 
out.  The  kev  to  this  reaction  is  that  the  OH  group  on  the  ben/ene 
ring  undergoes  the  condensation  reaction  more  readily  than  the 
OH  group  of  the  carboxylic  acid.  As  we  will  learn  later  in  this 
chapter,  cellulose,  which  is  found  in  cotton  and  wood,  is  a  poly- 

meric material  containing  multiple  hydroxy]  groups.  The  con- 
densation reaction  of  cellulose  with  acetic  acid  yields  cellulose 

Esters        C  O 

Carboxylic  acids  can  undergo  condensation  reactions  with  alcohols  to  form  esters: 

CH3—  -CH2CH3  >CH3—  CH2CH3+!  [25.20] 
Acetic  acid  Ethanol  Ethyl  acetate 

Esters  are  compounds  in  which  the  H  atom  of  a  carboxylic  acid  is  replaced  by  a 
hydrocarbon  group: 

c— 

Figure  25.16(b)  shows  some  common  esters,  which  are  named  by  using  first  the 
group  from  which  the  alcohol  is  derived  and  then  the  group  from  which  the 
acid  is  derived.  For  example: 

O 

CH3CH2CH2C— OCH2CH3 

Ethyl  butyrate 

Esters  generally  have  very  pleasant  odors.  They  are  largely  responsible  for 
the  pleasant  aromas  of  fruit.  Pentyl  acetate  (CH3COOCH2CH2CH2CH2CH3), 

for  example,  is  responsible  for  the  odor  of  bananas. 
When  esters  are  treated  with  an  acid  or  a  base  in  aqueous  solution,  they  are 

hydrolyzed;  that  is,  the  molecule  is  split  into  its  alcohol  and  acid  components: 



25.6 Compounds  with  a  Carbonyl  Group 

1 0S4 

acetate,  which  has  many  uses.  When  spun  into  fibers,  to  name  just 
one  use,  cellulose  a<  etate  forms  rayon-like  material  (Figure  25.18  ► ). 

Reaction  of  acetic  acid  with  vinyl  alcohol  yields  vim  I  acetate. 

When  vinyl  acetate  is  polymerized,  the  product  is  polyvinyl  ac- 
etate, which  is  used  in  water-based  latex  paints  and  in  glues  for 

paper  a nd  wood: 

4n  CH?=CH 

O— CCH3 

O 

Vinyl  acetate 

f  CH2— CH— CH2— CH— CH2— CH— CH2- 

O— CCH-,    O  —  CCH-i     O  —  CCH-, 

o 
Polyvinylacetate <  ) 

CH- 

O  — CCH, 

(  ) 

▲  Figure  25.18   Cellulose  acetate  fiber. 
The  blue  garment,  woven  from  cellulose  acetate 
fiber,  has  a  silky,  vibrant  texture  compared  with 
the  white  garment,  woven  from  simple  cotton 
fiber. 

Related  Exercises:  25.49,  25.50 

CH3CH2-  -CH3  +  Na++( 
Methyl  propionate 

CH3CH2— (      O  +  MV  +  CH,(  »l  I  [25.2I| 

Sodium  propionate  Methanol 

In  this  example  the  hydrolysis  was  carried  out  in  basic  medium.  I  he  products 

of  the  reaction  are  the  sodium  salt  of  the  carboxylic  acid  and  the  alcohol. 
The  hydrolysis  of  an  ester  in  the  presence  of  a  base  is  (  ailed  saponification, 

a  term  that  comes  from  the  Latin  word  for  soap  (^npoii).  Naturally  occurring  es- 
ters include  fats  and  oils.  In  the  soap-making  process  an  animal  fat  or  a  veg- 

etable oil  is  boiled  with  a  strong  base,  usually  NaOH.  The  resultant  soap 

consists  of  a  mixture  of  sodium  salts  of  long-chain  carbowlu  acids  (i  ailed  fatty 
acids),  which  form  during  the  saponification  reaction  (Figure  25. 19  ►). 

■I  SAMPLE  EXERCISE  25.6  |  Naming  Esters  and  Predicting  Hydrolysis  Products 

In  a  basic  aqueous  solution,  esters  react  with  hydroxide  ion  to  form  the  salt  of  the  car- 
boxylic acid  and  the  alcohol  from  w  hich  the  ester  is  constituted.  Name  eac  li  ol  the  fol- 
lowing esters,  and  indicate  the  products  of  their  reaction  with  aqueous  base. 

-GCH:CT-h 
(b)  CH-}CH2CH->- (  I 

II 

-C- 

Solution 

Analyze:  We  are  given  two  esters  and  asked  to  name  them  and  to  predict  the  prod- 
ucts formed  when  they  undergo  hydrolysis  (split  into  an  alcohol  and  carboxylate  ion) 

in  basic  solution. 

fVCHr  t" -v^ffljf  ' 

▲  Figure  25.19  Saponification. 
Saponification  of  fats  and  oils  has  long  been  used 
to  make  soap  This  etching  shows  a  step  in  the 

soap-making  process  during  the  mid-nineteenth 
century 
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Plan:  Esters  are  formed  by  tin-  condensation  reaction  between  an  alcohol  and  a  car- 
boxylic  acid.  To  name  an  ester,  we  must  analyze  its  structure  and  determine  the 
identities  of  the  alcohol  and  acid  from  which  it  is  formed.  We  can  identify  the  alco- 

hol by  adding  an  OH  to  the  alkyl  group  attached  to  the  O  atom  of  the  carboxyl 
(COO)  group.  We  can  identify  the  acid  by  adding  an  H  group  to  the  O  atom  of  the 

carboxyl  group.  We've  learned  that  the  first  part  of  an  ester  name  indicates  the  al- 
cohol portion  and  the  second  indicates  the  acid  portion.  The  name  conforms  to  how 

the  ester  undergoes  hydrolysis  in  base,  reacting  with  base  to  form  an  alcohol  and  a 
carboxylate  anion. 
Solve:  (a)  This  ester  is  derived  from  ethanol  (CH-sCH2OH)  and  benzoic  acid 
(C6HsCOOH).  Its  name  is  therefore  ethyl  benzoate.  The  net  ionic  equation  for  reac- 

tion of  eth\  I  benzoate  with  hydroxide  ion  is 

OCH2CH^7(7)    +   OH  Uuj) 

O 

(^^y—  C  —  Q~(aq)    +  HOCH2CH3(fl4) 
The  products  are  benzoate  ion  and  ethanol. 

(b)  This  ester  is  derived  from  phenol  (Q,H=;OH)  and  butanoic  acid  (commonly 
called  butyric  acid)  (CH3CH2CH2COOH).  The  residue  from  the  phenol  is  called  the 
phenyl  group.  The  ester  is  therefore  named  phenyl  butyrate.  The  net  ionic  equation 
for  the  reaction  of  phenyl  butyrate  with  hydroxide  ion  is 

O 

CHtCH2CH2C  — O— ((^))(<7i/)     +     OH   (acj)   * 

O 

CH3CH2CH2C— O"  (aq)    +  HO 

The  products  are  butyrate  ion  and  phenol. 

WM  PRACTICE  EXERCISE 

Write  the  structural  formula  for  the  ester  formed  from  propyl  alcohol  and  propionic  acid. 
O 

Answer:  CH ,CH,C— O— CH.CH.CH, 

Amines  and  Amides 

Amines  are  organic  bases.  They  have  the  general  formula 
R3N,  where  R  may  be  H  or  a  hydrocarbon  group,  as  in  the  following  examples: 

CH-,CH2NH2         (CH3)3N  ((     )  ) — NH2 

Ethylamine        Trimethylamine  Phenylamine 

Amines  containing  a  hydrogen  bonded  to  nitrogen  can  undergo  condensa- 
tion reactions  with  carboxylic  acids  to  form  amides: 

o  •  o 

CH3C  +         N(CH3)2  >  CH3C— N(CH3)2    +    H20  [25.22] 
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We  may  consider  the  amide  functional  group  to  be  derived  from  a  carboxylic 
acid  with  an  N\i2  group  replacing  the  OH  of  the  acid,  as  in  these  additional 
examples: 

(  I  I 

Ethanamide Phenylmethanamide 

The  amide  linkage 

R—  — R' 
H 

where  R  and  R'  are  organic  groups,  is  the  kev  functional  group  in  the  structures 
of  proteins,  as  we  will  see  in  Section  25.L). 

25.7  |  Chirality  in  Organic  Chemistry  

A  molecule  possessing  a  nonsuperimposable  mirror  image  is  termed  chiral 

(Greek cheir,  "hand").  Compounds  containing  carbon  atoms  with 
four  different  attached  groups  arc  inherently  chiral.  A  carbon  atom  with  tour  differ- 

ent attached  groups  is  called  a  chiral  center.  For  example,  the  structural  formula 

of  2-bromopentane  is 

Br 

CH3— C— CH2CH2CH3 

!  I 

All  four  groups  attached  to  the  second  carbon  are  different,  making  that  carbon 
a  chiral  center.  Figure  23.20  ▼  illustrates  the  two  nonsuperimposable  mirror 

images  of  this  molecule.  If  you  imagine  trying  to  move  the  left-hand  molecule 

to  the  right  and  turning  it  in  every  possible  way,  you  will  conclude  that  it  can- 
not be  superimposed  on  the  right-hand  molecule.  Nonsuperimposable  mirror 

images  are  called  optical  isomers  or  cnanliomers.  Organic- 
chemists  use  the  labels  R  and  S  to  distinguish  the  two  forms.  We  need  not  go 
into  the  rules  for  deciding  on  the  labels. 

ANIMATION Chirality 

Br 

H 

9  <*
 

Mirror  plane <  Figure  25.20   The  two  enantiomeric 
forms  of  2-bromopentane.  The  mirror  image 
isomers  are  not  superimposable  on  each  other 
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ANIMATION 
Optical  Activity 

Enantiomers,  such  as  the  two  forms  of  2-bromopentane  shown  in  Figure 
25.20,  have  identical  physical  properties,  such  as  melting  and  boiling  points, 
and  identical  chemical  properties  when  they  react  with  nonchiral  reagents. 
Only  in  a  chiral  environment  do  they  exhibit  different  behaviors.  One  of  the 

more  interesting  properties  of  chiral  substances  is  that  their  solutions  may  ro- 
tate the  plane  of  polarized  light,  as  explained  in  Section  24.4. 
Chirality  is  very  common  in  organic  substances.  It  is  not  often  observed, 

however,  because  when  a  chiral  substance  is  synthesized  in  a  typical  chemical 

reaction,  the  two  enantiomeric  species  are  formed  in  precisely  the  same  quanti- 
ty. The  resulting  mixture  of  isomers  is  called  a  racemic  mixture.  A  racemic  mix- 

ture of  enantiomers  does  not  rotate  the  plane  of  polarized  light  because  the  two 
forms  rotate  the  light  to  equal  extents  in  opposite  directions. 

Naturally  occurring  substances  often  are  found  as  just  one  enantiomer.  An 

example  is  tartaric  acid,  which  has  the  structural  formula* 

COOH 
H— C— OH 

H— C— OH 

COOH 

HOH.C 

HO 

(R)-Albuterol 

▲  Figure  25.21    fl-Albuterol.  This 
compound,  which  acts  as  a  bronchodilator  in 
patients  with  asthma,  is  one  member  of  a  pair  of 
optical  isomers.  The  other  member,  S-albuterol, 
does  not  have  the  same  physiological  effect. 

This  compound  has  not  one,  but  two  chiral  centers.  Both  the  inner  carbon 

atoms  are  attached  to  four  different  groups.  Tartaric  acid  is  found  in  nature,  ei- 
ther as  the  free  acid  or  as  a  salt  of  calcium  or  potassium,  in  fruit  extracts  and  es- 

pecially as  crystals  deposited  during  wine  fermentation.  The  naturally 

occurring  form  is  optically  active  in  solution.  Tartaric  acid  is  typical;  many  bio- 
logically important  molecules  are  chiral.  In  Section  25.9  we  will  examine  the 

amino  acids,  all  of  which  (except  for  glycine)  are  chiral  and  found  in  nature  as 
just  one  of  the  enantiomers. 

Many  drugs  of  importance  in  human  medicine  are  chiral  substances. 
When  a  drug  is  administered  as  a  racemic  mixture,  it  often  turns  out  that 
only  one  of  the  enantiomers  has  beneficial  results.  The  other  is  either  inert  or 
nearly  so,  or  may  even  have  a  harmful  effect.  For  this  reason,  a  great  deal  of 

attention  has  been  given  in  recent  years  to  methods  for  synthesizing  the  de- 
sired enantiomer  of  chiral  drugs.  Synthesizing  just  one  enantiomer  of  a  chiral 

substance  can  be  very  difficult  and  costly,  but  the  rewards 

are  worth  the  effort.  Worldwide  sales  of  single-enan- 
tiomer  drugs  amount  to  over  $125  billion  annually!  As 
an  example  of  the  different  behavior  of  enantiomers, 

the  drug  K-albuterol  (Figure  25.21  A)  is  an  effective 
bronchodilator  used  to  relieve  the  symptoms  of  asthma. 

The  enantiomer,  S-albuterol,  is  not  only  ineffective  as  a 
bronchodilator  but  actually  counters  the  effects  of  ix-albuterol.  As  another 

example,  the  nonsteroidal  analgesic  ibuprofen  (marketed  under  the  trade 

names  Advil™,  Motrin™,  and  Nuprin™)  is  a  chiral  molecule  usually  sold  as 
the  racemic  mixture.  However,  a  preparation  consisting  of  just  the  more  ac- 

tive enantiomer,  S-ibuprofen  (Figure  25.22  ►),  relieves  pain  and  reduces  in- 
flammation more  rapidly  than  the  racemic  mixture.  For  this  reason,  the 

chiral  version  of  the  drug  may  in  time  come  to  replace  the  racemic  mixture. 

'  Louis  Pasteur  discovered  chirality  while  he  was  studying  crystalline  samples  of  salts  of 
tartaric  acid. 
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M  Figure  25.22    5-lbuprofen  Foi 
pain  and  reducing  inflammation,  the  ability  of  this 
enantiomer  far  outweighs  that  of  the  R  isomer 

Q    GIVE  IT  SOME  THOUGHT 

What  are  the  requirements  on  the  four  groups  attached  to  a  carbon  atom  in  order 
that  it  be  a  chiral  center? 

25.8  |  Introduction  to  Biochemistry  

The  several  types  of  organic  functional  groups  discussed  in  Sections  2^.^  and 
25.6  generate  a  vast  array  of  molecules  with  very  specific  chemical  reactivities. 

Nowhere  is  this  specificity  more  apparent  than  in  biochemistry — the  chemistr) 
of  living  organisms. 

Before  we  discuss  specific  biochemical  molecules,  we  can  make  some  gener- 
al observations.  As  we  will  see,  many  biologically  important  molecules  are  quite 

large.  The  synthesis  of  these  molecules  is  a  remarkable  aspect  of  biochemistry, 

one  that  places  large  demands  on  the  chemical  systems  in  living  organisms.  Or- 
ganisms build  biomolecules  from  much  smaller  and  simpler  substances  that  are 

readily  available  in  the  biosphere.  The  synthesis  of  large  molecules  requires  en- 
ergy because  most  of  the  reactions  are  endothermic.  The  ultimate  source  of  this 

energy  is  the  Sun.  Mammals  and  other  animals  have  essentially  no  capacity  for 

using  solar  energy  directly;  rather,  they  depend  on  plant  photosynthesis  to  sup- 
ply the  bulk  of  their  energy  needs. 

In  addition  to  requiring  large  amounts  of  energy,  living  organisms  are  high- 
ly organized.  The  complexity  of  all  the  substances  that  make  up  even  the  sim- 

plest single-cell  organisms  and  the  relationships  among  all  the  many  chemical 
processes  that  occur  are  truly  amazing.  In  thermodynamic  terms  this  high  de- 

gree of  organization  means  that  the  entropy  of  living  systems  is  much  lower 
than  the  entropv  of  the  random  mix  of  raw  materials  from  which  the  systems 
formed.  Thus,  living  systems  must  continuously  work  against  the  spontaneous 
tendency  toward  increased  entropy  that  is  characteristic  of  all  organized 

systems.  Maintaining  a  high  degree  of  order  places  additional  energetic  require- 
ments on  organisms.  (You  may  want  to  review  the  second  law  of  thermo- 

dynamics in  Section  lT3and  the  "Chemistry  and  Life"  box  there.) 
We  have  introduced  you  to  some  important  biochemical  applications  ol 

fundamental  chemical  ideas  in  the  "Chemistry  and  Life"  essays  that  appear 
throughout  this  text.  A  complete  listing  of  the  topics  covered  and  their  locations 
in  the  text  are  included  in  the  table  of  contents.  The  remainder  of  this  chapter 

will  serve  as  only  a  brief  introduction  to  other  aspects  ol  biochemistry.  Never- 
theless, you  will  see  some  patterns  emerging.  Hydrogen  bonding  (Section  1 1 .2), 

for  example,  is  critical  to  the  function  of  many  biochemical  systems,  and  the 
geometry  of  molecules  can  govern  their  biological  importance  and  activity. 
Manv  of  the  large  molecules  in  living  systems  are  polymers  (Section  12.2)  of 
much  smaller  molecules.  These  biopolymers  can  be  classified  into  three  broad 

categories:  proteins,  polysaccharides  (carbohydrates),  and  nucleic  acids.  We  dis- 
cuss these  classes  of  biopolymers  in  Sections  25S>,  25.10,  and  25. 1 1,  respectively. 
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25.9  I  Proteins 

ANIMATION 
Proteins  and  Amino  Acids 

Proteins  are  macromolecular  substances  present  in  all  living  cells.  About  50% 

of  your  body's  dry  weight  is  protein.  Proteins  serve  as  the  major  structural 
components  in  animal  tissues;  they  are  a  key  part  of  skin,  nails,  cartilage,  and 

muscles.  Other  proteins  catalyze  reactions,  transport  oxygen,  serve  as  hor- 
mones to  regulate  specific  body  processes,  and  perform  other  tasks.  Whatever 

their  function,  all  proteins  are  chemically  similar,  being  composed  of  the  same 
basic  building  blocks,  called  amino  acids. 

Amino  Acids 

The  building  blocks  of  all  proteins  are  a-amino  acids,  which  are  substances  in  which 
the  amino  group  is  located  on  the  carbon  atom  immediately  adjacent  to  the  car- 
boxylic  acid  group.  Thus,  there  is  alway  s  one  carbon  atom  between  the  amino 

group  and  the  carboxylic  acid  group.  The  general  formula  for  an  a-amino  acid 
is  represented  in  the  following  ways: 

H  O 

H->N — C — C — OH or 

H  O 

'  H,N— C— C— O" 

The  doubly  ionized  form,  called  the  zwitterion,  usually  predominates  at  near-neu- 
tral values  of  pH.  This  form  is  a  result  of  the  transfer  of  a  proton  from  the  carboxylic 

acid  group  to  the  basic  amine  group. 
Amino  acids  differ  from  one  another  in  the  nature  of  their  R  groups.  A  total 

of  22  amino  acids  have  been  identified  in  nature.  Figure  25.23  T  shows  the 
structural  formulas  of  the  20  amino  acids  found  in  the  proteins  of  our  bodies. 

►  Figure  25.23  The  20  amino  acids 
found  in  the  human  body.  The  acids  are  shown 
in  the  zwitterionic  form  in  which  they  exist  in 
water  at  near-neutral  pH.  (a)  The  amino  acids 
containing  relatively  nonpolar,  hydrophobic  side 
groups,  (b)  Those  containing  polar  side  groups. 

PhN+  O 
-c— C— O 

H 
Alanine  (Ala) 

Phenylalanine  (Phe) 

H3N+  O 

— c— C— O 

H 
Leucine  (Leu) 

HhN*  O 
-CH—  C— C— O 

CH  H [soleucine  (He) 

H3N  +  O 

"  I  I! 

e  1 1— c— c— o 

CH  H 

Valine  (Val) 

H3N+  O 

-(  1 1  —  c— C— O 

H 

Methionine  i  Met) 

CM,  lb 

O 
-c— c— o 

H 
Proline  (Pro) 

I  IN 

H3N+  O 

-c— C— O 

H 
Tryptophane  (Trp) 

(a) 
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H3N '  O  H3N    O  H3N  O 

— c— c— o  — c— c— o  -c— c— o 

Glycine  (Gly) 

H3N'  O I  II 
(  I  I  — c— c— o 

1 1 
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COOI  I 

Those  amino  acids  lor  which  the  side  group  is  relatively  nonpolar  are  shown  in 
Figure  25.23(a).  Those  that  contain  a  relatively  polar  or  charged  side  group  are 
shown  in  Figure  25.23(h).  Our  bodies  can  synthesize  ten  of  the  amino 
acids  in  sufficient  amounts  for  our  needs.  The  other  ten  must  be  in- 

gested and  are  called  essential  amino  acids  because  they  are  neces 

sary  components  of  our  diet. 
The  a-carbon  atom  of  the  amino  acids,  which 

bears    both    the    ammonium    and  carboxylate 

groups,  has  four  different  groups  attached  to  it.* 
The  amino  acids  are  thus  chiral.  Figure  25.24  ► 
shows  the  two  enantiomers  of  the  amino  acid 

alanine.  For  historical  reasons,  the  two  enan- 
tiomeric forms  of  amino  acids  are  often  distin- 

guished by  the  labels  D  (from  the  Latin  dexter, 

"right")  and  1  (from  the  Latin  laevus,  "left").  All  the  amino  acids 
normally  found  in  proteins  are  "left-handed";  that  is,  all  have  the 
L  configuration  at  the  chiral  center  (except  for  glycine,  which  is  not 
chiral).  Only  amino  acids  with  this  specific  configuration  at  the  chira 
carbon  center  form  proteins  in  living  organisms. 

3-D  MODELS 

Enantiomers  of  Alanine 

91 

*  The  sole  exception  is  glycine,  tor  which a-carbon  atom. 
R  =  H.  For  this  amino  acid,  there  are  two  1 1  atoms  on  the 

▲  Figure  25.24   Alanine  enantiomers. 
The  middle  carbon  of  alanine  is  chiral,  and 
therefore  there  are  two  enantiomers,  which  by 
definition  are  nonsuperimposable  mirror  images 
of  each  other. 
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Polypeptides  and  Proteins 

Amino  acids  ore  linked  together  into  proteins  by  amide  groups,  one  of  the  func- 
tional groups  introduced  in  Section  25.6: 

R— (     \—  R 

Each  of  these  amide  groups  is  called  a  peptide  bond  when  it  is  formed  by 
amino  acids.  A  peptide  bond  is  formed  by  a  condensation  reaction  between  the 
carboxy]  group  ot  one  amino  acid  and  the  amino  group  of  another  amino  acid. 
Alanine  and  glycine,  for  example,  can  react  to  form  the  dipeptide  glvcylalanine: 

H  H    H  O 

H-N — C—  N— C— C— O 

H  1 1  Chh 

Glycine  (Gly)  Alanine  (Ala) 
H(>  H  O 

H3N— C— C     N — C — C — O"  +  H20  [25.23] 
H  H  CH, 

Glycylalanine  (Gly-Ala) 

A  Figure  25.25  Sweet  stuff.  The  artificial 
sweetener  aspartame  is  the  methyl  ester  of  a 
dipeptide. 

The  amino  acid  that  furnishes  the  carboxyl  group  for  peptide-bond  formation  is 
named  first,  with  a  -i//  ending;  then  the  amino  acid  furnishing  the  amino  group 
is  named.  Based  on  the  three-letter  codes  for  the  amino  acids  from  Figure  25.23, 

glycylalanine  can  be  abbreviated  Gly-Ala.  In  this  notation  it  is  understood  that 
the  unreacted  amino  group  is  on  the  left  and  the  unreacted  carboxyl  group  on 
the  right.  The  artificial  sweetener  aspartame  (Figure  25.25  4)  is  the  methyl  ester 

of  the  dipeptide  of  aspartic  acid  and  phenylalanine: 

■■  SAMPLE  EXERCISE  25.7  |  Drawing  the  Structural  Formula  of  a  Tripeptide 

Draw  the  full  structural  formula  for  alanylglycylserine. 

Solution 
Analyze:  We  are  given  the  name  of  a  substance  with  peptide  bonds  and  asked  to 
write  its  full  structural  formula. 

Plan:  The  name  of  this  substance  suggests  that  three  amino  acids — alanine,  glycine, 
and  serine — have  been  linked  together,  forming  a  tripeptide.  Note  that  the  ending  -yl 
has  been  added  to  each  amino  acid  except  for  the  last  one,  serine.  By  convention,  the 
first-named  amino  acid  (alanine,  in  this  case)  has  a  free  amino  group  and  the  last- 
named  one  (serine)  has  a  free  carboxyl  group.  Thus,  we  can  construct  the  structural 
formula  of  the  tripeptide  from  its  amino  acid  building  blocks  (Figure  25.23). 
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Solve:  We  first  combine  the  carboxyl  group  of  alanine  with  the  amino  group  ot 
glycine  to  form  a  peptide  bond  and  then  the  carboxyl  group  of  glycine  w  ith  the 
amino  group  of  serine  to  form  another  peptide  group.  The  resulting  tripeptide  con- 

sists of  three  "building  blocks"  connected  by  peptide  bonds: 
Ammo  group Carboxyl  group 

1 1  o H 

i  i 1 1  \—  c—  c- 

-V 

-c- 
•C- 

1 
CH3 

H H 

Ala 

Gly 

Ser 

We  can  abbreviate  this  tripeptide  as  Ala-Qv-Ser. 

H  PRACTICE  EXERCISE 

Name  the  dipeptide  that  has  the  following  structure,  and  give  its  abbreviation: 

H    O         II  b 

H3N— C— C— N— C— C— O 

IKK  II, 

Answer:  serylaspartic  acid;  Ser-Asp 

CFF 

c  OOH 

Polypeptides  arc  formed  when  a  largo  number  of  amino  acids  arc 
linked  together  by  peptide  bonds.  Proteins  are  linear  (that  is,  unbranched) 
polypeptide  molecules  with  molecular  weights  ranging  from  about  6000  to 

over  50  million  amu.  Because  op  to  22  different  amino  acids  are  linked  to- 
gether in  proteins  and  because  proteins  consist  ol  hundreds  of  amino 

acids,  the  number  of  possible  arrangements  of  amino  acids  within  pro- 
teins is  virtually  limitless. 

Protein  Structure 

The  arrangement,  or  sequence,  of  amino  acids  along  a  protein  chain 

is  called  its  primary  structure.  I  he  primary  structure  gives  the  pro- 
tein its  unique  identity.  A  change  in  even  one  amino  acid  can  alter 

the  biochemical  characteristics  of  the  protein.  For  example,  sickle-cell 
anemia  is  a  genetic  disorder  resulting  from  a  single  replacement  in  a  pro- 

tein chain  in  hemoglobin.  The  chain  that  is  affected  contains  I4d  amino 
acids.  The  substitution  of  a  single  amino  acid  with  a  hydrocarbon  side 

chain  for  one  that  has  an  acidic  functional  group  in  the  side  chain  alters 
the  solubility  properties  of  the  hemoglobin,  and  normal  blood  flow  is 
impeded. 

Proteins  in  living  organisms  are  not  simply  long,  flexible  chains 
with  random  shapes.  Rather,  the  chains  coil  or  stretch  in  particular  ways. 
The  secondary  structure  of  a  protein  refers  to  how  segments  of  the  protein 
chain  are  oriented  in  a  regular  pattern. 

One  of  the  most  important  and  common  secondary  structure  arrange- 
ments is  the  a  helix,  first  proposed  bv  Linus  Pauling  and  R.  13.  Corey.  The 

helix  arrangement  is  shown  in  schematic  form  in  Figure  25. 2h  ►.  Imagine 
winding  a  long  protein  chain  in  a  helical  fashion  around  a  long  cylinder. 

The  helix  is  held  in  position  by  hydrogen-bond  interactions  between  N  —  H 
bonds  and  the  oxygens  of  nearby  carbonyl  groups.  The  pitch  of  the  helix  and 
the  diameter  of  the  cylinder  must  be  such  that  ( I )  no  bond  angles  are  strained 

▼  Figure  25.26    <>  Helix  structure  for  a 
protein.  The  symbol  R  represents  any  one  of  the 
several  side  chains  shown  in  Figure  25  23. 
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and  (2)  the  N  —  H  and  C  =  0  functional  groups  on  adjacent  turns  are  in  proper 
position  for  hydrogen  bonding.  An  arrangement  of  this  kind  is  possible  for  some 

amino  acids  along  the  chain,  but  not  for  others.  Large  protein  molecules  may  con- 
tain segments  of  the  chain  that  have  the  o-helical  arrangement  interspersed  with 

sections  in  which  the  chain  is  in  a  random  coil. 

Q    GIVE  IT  SOME  THOUGHT 

What  bonding  interaction  is  important  in  stabilizing  the  u-helix  form  of  a  protein? 

Proteins  are  not  active  biologically  unless  they  are  in  a  particular  form  in  solu- 
tion. The  process  by  which  the  protein  adopts  the  biologically  active  form  is  called 

folding.  The  overall  shape  of  a  protein  in  its  folded  form,  determined  bv  all  the 

bends,  kinks,  and  sections  of  rodlike  a-helical  structure,  is  called  the  tertiary 
structure.  Figure  24. 1 1  shows  the  tertiary  structure  of  myoglobin,  a  protein  with  a 
molecular  weight  of  about  18,000  amu  and  containing  one  heme  group. 

!  i  Notice  that  some  sections  of  the  protein  consist  of  a-helices. 

Myoglobin  is  a  globular  protein,  one  that  folds  into  a  compact,  roughly  spher- 
ical shape.  Globular  proteins  are  generally  soluble  in  water  and  are  mobile  with- 

in cells.  Thev  have  nonstructural  functions,  such  as  combating  the  invasion  of 

foreign  objects,  transporting  and  storing  oxygen,  and  acting  as  catalysts.  The 
fibrous  proteins  form  a  second  class  of  proteins.  In  these  substances  the  long  coils 

align  themselves  in  a  more  or  less  parallel  fashion  to  form  long,  water-insoluble 
fibers.  Fibrous  proteins  provide  structural  integrity  and  strength  to  many  kinds 
of  tissue  and  are  the  main  components  of  muscle,  tendons,  and  hair. 

The  tertiary  structure  of  a  protein  is  maintained  by  many  different  interac- 
tions. Certain  foldings  of  the  protein  chain  lead  to  lower-energy  (more  stable) 

arrangements  than  do  other  folding  patterns.  For  example,  a  globular  protein 

dissolved  in  aqueous  solution  folds  in  such  a  way  that  the  nonpolar  hydrocar- 
bon portions  are  tucked  within  the  molecule,  away  from  the  polar  water  mole- 

cules. Most  of  the  more  polar  acidic  and  basic  side  chains,  however,  project  into 

the  solution  where  they  can  interact  with  water  molecules  through  ion-dipole, 

dipole-dipole,  or  hydrogen-bonding  interactions. 
One  of  the  most  important  classes  of  proteins  is  enzymes,  large  protein  mole- 

cules that  serve  as  catalysts.  Enzymes  usually  catalyze  only  very 

CHEMISTRY  AND  LIFE  |  The  Origins  of  Chirality  in  Living  Systems 

The  presence  of  a  "handedness"  in  the  molecules  that  make 
up  living  systems  is  a  key  feature  of  life  on  Earth.  The  insis- 

tence of  nature  on  just  one  chiral  form  in  the  molecules  of  life  is 

called  homochirality.  How  did  the  dominance  of  the  i  -amino 
acids  cirise?  Why  are  the  naturally  occurring  helices  of  protein 
and  DNA,  which  we  will  discuss  in  Section  25.11,  all  right-turn 
helices?  Homochirality  could  have  arisen  bv  chance  in  the 

course  of  evolution  or  because  it  was  "seeded"  in  some  way  at 
the  begirinings  of  life.  One  theory  is  that  chirality  was  intro- 

duced early  in  Earth's  evolutionary  history,  through  seeding  bv 
chiral  ammo  acids  that  fell  on  the  planet  from  outer  space. 

Examination  of  the  Murchison  meteorite,  which  fell  to 

Earth  in  1469,  has  revealed  the  presence  of  amino  acids.  For 
some  of  the  acids,  there  appears  to  be  a  surplus  of  the  L  form. 
One  theory  proposes  that  the  chiral  amino  acids  could  have 
been  synthesized  in  interstellar  space  by  the  action  of  circularly 

polarized  starlight.*  Astronomers  in  Australia  have  recently 
observed  circular  polarization  in  the  infrared  light  from  a  re- 

gion of  intense  star  birth  in  the  Orion  nebula.  These  workers 
calculate  that  a  similar  degree  of  circular  polarization  could  be 
present  in  the  visible  and  ultraviolet  light  from  this  source. 
Light  that  has  the  energy  required  to  break  chemical  bonds,  if 
circularly  polarized,  could  give  rise  to  new  chiral  molecules 
with  a  preference  for  one  enantiomer  over  the  other.  Perhaps 
the  homochirality  we  observe  on  Earth  today  arose,  through  a 

process  of  amplification  and  refinement  in  the  course  of  evolu- 
tionary development,  from  molecules  that  were  formed  in  in- 

terstellar space  when  the  planet  was  young. 

*  Circularly  polarized  light  is  like  plane-polarized  light,  as  shown  in 
F  igure  24.22,  except  that  the  plane  continuously  rotates  either  to  the 
left  or  to  the  right.  Thus,  in  a  sense,  circularly  polarized  light  is  chiral. 
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-4  Figure  25.27   An  enzyme  and  its 
substrate.  A  computer-generated  structure  of  an 
enzyme  showing  the  carbon  backbone  as  a  green 
ribbon.  The  substrate  (violet)  is  shown  at  the 
active  site. 

specific  reactions.  Their  tertiary  structure  generally  dictates  that  only  certain  sub- 
strate molecules  can  interact  with  the  active  site  of  the  enzyme  (Figure  25.27  A). 

25.10  I  Carbohydrates 

Carbohydrates  are  an  important  class  of  naturally  occurring  substances  found 
in  both  plant  and  animal  matter.  The  name  carbohydrate  (hydrate  of  carbon) 
comes  from  the  empirical  formulas  for  most  substances  in  this  class,  which  can 

be  written  as  C^hhO),,.  For  example,  glucose,  the  most  abundant  carbohy- 
drate, has  the  molecular  formula  ChH  ̂ O^,  or  CJHiO),,.  Carbohydrates  are  not 

really  hydrates  of  carbon;  rather,  they  are  polyhydroxy  aldehydes  and  ketones. 

Glucose,  for  example,  is  a  six-carbon  aldehyde  sugar;  whereas  fructose,  the 
sugar  that  occurs  widely  in  fruit,  is  a  six-carbon  ketone  sugar  (Figure  25.2.S  ► ). 

Glucose,  hav  ing  both  alcohol  and  aldehyde  functional  groups  and  hav  ing  a 

reasonably  long  and  flexible  backbone,  can  react  with  itself  to  form  a  six-mem- 
ber-ring structure,  as  shown  in  Figure  25. 2CJ  T.  In  fact,  only  a  small  percentage-  of 

the  glucose  molecules  are  in  the  open-chain  form  in  aqueous  solution.  Although 
the  ring  is  often  drawn  as  if  it  were  planar,  the  molecules  are  actually  nonplanar 
because  of  the  tetrahedral  bond  angles  around  the  C  and  O  atoms  of  the  ring. 

1 1 1  1 

— C— OH 

11—  C— OH 

HO— C— H 

HO 

— C—  H 

H— C— OH 1 1 

— C— OH 

H— C— OH 1  1 

— C— OH 

H— C— OH 1 1 

— C— OH 

H H 

(  iluCOSt' 
ructose 

▲  Figure  25.28  Linear  structure  of 
glucose  and  fructose. 
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3-D  MODELS 
Glucose 

■4  Figure  25.29   Cyclic  glucose.  The 
carbonyl  group  of  a  glucose  molecule  can  react 
with  one  of  the  hydroxyl  groups  to  form  either  of 
two  six-member-ring  structures,  designated  a and  /3. 
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Figure  25.29  shows  that  the  ring  structure  of  glucose  can  have  two  relative 
orientations.  In  the  a  form  the  OH  group  on  carbon  I  and  the  CH2OH  group  on 

carbon  5  point  in  opposite  directions.  In  the  (i  form  they  point  in  the  same  di- 
rection. Although  the  difference  between  the  a  and  (5  forms  might  seem  small, 

it  has  enormous  biological  consequences.  As  we  will  soon  see,  this  one  small 
change  in  structure  accounts  for  the  vast  difference  in  properties  between 
starch  and  cellulose. 

Fructose  can  cyclize  to  form  either  five-  or  six-member  rings.  The  five- 
member  ring  forms  when  the  OH  group  on  carbon  5  reacts  with  the  carbonyl 

group  on  carbon  2: 

CH9OH 

CH.OH 

The  six-member  ring  results  from  the  reaction  between  the  OH  group  on  car- 
bon 6  and  the  carbonyl  group  on  carbon  2. 

■I  SAMPLE  EXERCISE  25.8  |  Identifying  Chiral  Centers 

How  many  chiral  carbon  atoms  are  there  in  the  open-chain  form  of  glucose  (Figure 25.28)? 

Solution 
Analyze:  We  are  given  the  structure  of  glucose  and  asked  to  determine  the  number 
of  chiral  carbons  in  the  molecule. 

Plan:  A  chiral  carbon  has  four  different  groups  attached  (Section  25.7).  We  need  to 
identify  those  carbon  atoms  in  glucose. 
Solve:  The  carbon  atoms  numbered  2,  3,  4,  and  5  each  have  four  different  groups  at- 

tached to  them,  as  indicated  here: 

O 

H— C 

OH H--H  - 

HO— C— H 
H— C— OH 

H— C— OH 

H— C— OH 

H 

O 

H- 

H- 

OH 

HO- 

^c- 

-H 

H- 

-4- 
l  >H 

H- 

OH 

H- 

OH 
H 

O 

H- 

H- 

-OH 

HO- 

H 

1  1- 

-4- 
OH H^C— ^OH 

H— C  — OH 

H 

Carbon  atoms  t  and  6  have  only  three  different  substituents  on  them.  Thus,  there  are 
four  chiral  carbon  atoms  in  the  glucose  molecule. 

tm  PRACTICE  EXERCISE 

How  many  chiral  carbon  atoms  are  there  in  the  open-chain  form  of  fructose  (Figure 25.28)? 

Answer:  three 
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Disaccharides 

Both  glucose  and  fructose  are  examples  of  monosaccharides,  simple  sugars 

that  can't  be  broken  into  smaller  molecules  by  hydrolysis  with  aqueous  acids. 
Two  monosaccharide  units  can  be  linked  together  by  a  condensation  reaction  to 
form  a  disaccharide.  The  structures  of  two  common  disaccharides,  sucrose  (table 

sugar)  and  Inclose  (milk  sugar),  are  shown  in  Figure  25.30  ▲. 
The  word  sugar  makes  us  think  of  sweetness.  All  sugars  are  sweet,  but  they 

differ  in  the  degree  of  sweetness  we  perceive  when  we  taste  them.  Sucrose  is 
about  six  times  sweeter  than  lactose,  slightly  sweeter  than  glucose,  but  only 
about  half  as  sweet  as  fructose.  Disaccharides  can  be  reacted  with  water  (hy- 

drolyzed)  in  the  presence  of  an  acid  catalyst  to  form  monosaccharides.  When 
sucrose  is  hydroly/ed,  the  mixture  ol  glucose  and  fructose  that  forms,  called 

invert  sugar*  is  sweeter  to  the  taste  than  the  original  sucrose.  I  he  sweet  syrup 
present  in  canned  fruits  and  candies  is  largely  invert  sugar  formed  from  hy- 

drolysis of  added  sucrose. 

Polysaccharides 

Polysaccharides  are  made  up  of  many  monosaccharide  units  joined  together 

by  a  bonding  arrangement  similar  to  those  shown  tor  the  disaccharides  in 

Figure  25.30.  The  most  important  polysaccharides  are  starch,  glycogen,  and  cel- 
lulose, which  are  formed  from  repeating  glucose  units. 

Starch  is  not  a  pure  substance.  The  term  refers  to  a  group  of  polysaccha- 
rides found  in  plants.  Starches  serve  as  a  major  method  of  food  storage  in  plant 

seeds  and  tubers.  Corn,  potatoes,  wheat,  and  rice  all  contain  substantial 
amounts  of  starch.  These  plant  products  serve  as  major  sources  of  needed  food 

energy  for  humans.  Enzymes  within  the  digestive  system  catalyze  the  hydroly- 
sis of  starch  to  glucose. 
Some  starch  molecules  are  unbranched  chains,  whereas  others  are 

branched.  Figure  25.31  T  illustrates  an  unbranched  starch  structure.  Notic  e,  in 
particular,  that  the  glucose  units  are  in  the  <r  form  (that  is,  the  bridging  oxygen 
atom  is  opposite  the  CH2OH  group  on  the  adjacent  carbon). 

▲  Figure  25.30   Two  disaccharides.  The 
structures  of  sucrose  (left)  and  lactose  (right) 
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A   Figure  25.31    Structure  of  a  starch 
molecule,  the  molecule  consists  of  many  units 
of  the  kind  enclosed  in  brackets,  ]0ined  by 
linkages  of  the  a  form.  (That  is,  the  C     0  bonds 
on  the  linking  carbons  are  on  the  opposite  side  of 
the  ring  from  the  CH,0H  groups ) 

*  The  term  invert  ̂ n^iir  comes  from  the  tact  th.it  rotation  ot  the  piano  ol  polari/ecl  light  b\  the 
glucose-fructose  mixture  is  in  the  opposite  direction,  or  inverted,  from  th.it  ol  the  sucrose  solution 
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▲  Figure  25.32  Structure  of  cellulose. 
Like  starch,  cellulose  is  a  polymer.  The  repeating 
unit  is  shown  between  brackets.  The  linkage  in 
cellulose  is  of  the  (3  form,  different  from  that  in 
starch  (see  Figure  25.31). 

3-D  MODEL 
Cellulose 

Glycogen  is  a  starchlike  substance  synthesized  in  the  body  Glycogen  mol- 
ecules vary  in  molecular  weight  from  about  5000  to  more  than  5  million  amu. 

Glycogen  acts  as  a  kind  of  energy  bank  in  the  bod  v.  It  is  concentrated  in  the 
muscles  and  liver.  In  muscles  it  serves  as  an  immediate  source  of  energy;  in  the 
liver  it  serves  as  a  storage  place  for  glucose  and  helps  to  maintain  a  constant 

glucose  level  in  the  blood. 
Cellulose  forms  the  major  structural  unit  of  plants.  Wood  is  about  50%  cel- 

lulose; cotton  fibers  are  almost  entirely  cellulose.  Cellulose  consists  of  an  un- 
branched  chain  of  glucose  units,  with  molecular  weights  averaging  more  than 
500,000  amu.  The  structure  of  cellulose  is  shown  in  Figure  25.32  A.  At  first 
glance  this  structure  looks  very  similar  to  that  of  starch.  In  cellulose,  however, 
the  glucose  units  are  in  the  form  (that  is,  the  bridging  oxygen  atom  is  on  the 
same  side  as  the  CH2OH  groups). 

The  distinction  between  starch  and  cellulose  is  made  clearer  when  we  ex- 

amine their  structures  in  a  more  realistic  three-dimensional  representation,  as 
shown  in  Figure  25.33  ▼.  The  individual  glucose  units  have  different  relation- 

ships to  one  another  in  the  two  structures.  Because  of  this  fundamental  differ- 
ence, enzymes  that  readily  hydrolyze  starches  do  not  hydrolyze  cellulose. 

Thus,  you  might  eat  a  pound  of  cellulose  and  receive  no  caloric  value  from  it 

whatsoever,  even  though  the  heat  of  combustion  per  unit  weight  is  essentially- 
the  same  for  both  cellulose  and  starch.  A  pound  of  starch,  in  contrast,  would 
represent  a  substantial  caloric  intake.  The  difference  is  that  the  starch  is 

►  Figure  25.33   Structural  differences 
in  starch  and  cellulose.  These  representations 
show  the  geometrical  arrangements  of  bonds 
about  each  carbon  atom.  The  glucose  rings  are 
oriented  differently  with  respect  to  one  another 
in  the  two  structures. 

CH.OH 
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HO 

■  a-l,4-Glycosidic  linkages  HO 
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HO 
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(b)  Cellulose 

CH.OH 
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hydrolyzed  to  glucose,  which  is  eventually  oxidized  with  release  of  energy.  Cel- 
lulose, however,  is  not  readily  hydrolyzed  by  enzymes  present  in  the  body,  and 

so  it  passes  through  the  digestive  system  relatively  unchanged.  Many  bacteria 
contain  enzymes,  called  celluloses,  that  hvdrolvze  cellulose.  These  bacteria  are 

present  in  the  digestive  systems  of  grazing  animals,  such  as  cattle,  that  use  cel- 
lulose for  food. 

Q    GIVE  IT  SOME  THOUGHT 

Which  type  of  linkage  would  you  expect  to  join  the  sugar  molecules  of  glycogen? 

25.11  I  Nucleic  Acids 

Nucleic  acids  are  a  class  of  biopolymers  that  are  the  chemical  carriers  of  an 

organism's  genetic  information.  Deoxyribonucleic  acids  (DNA)  are  huge  mol- 
ecules [Figure  1.2(c)]  whose  molecular  weights  may  range  from  6  million  to  Ih 

million  amu.  Ribonucleic  acids  (RNA)  are  smaller  molecules,  with  molecular 

weights  in  the  range  of  20,000  to  40,000  amu.  Whereas  DNA  is  found  primarily 
in  the  nucleus  of  the  cell,  RNA  is  found  mostly  outside  the  nucleus  in  the 
cytoplasm,  the  nonnuclear  material  enclosed  within  the  cell  membrane. 
The  DNA  stores  the  genetic  information  of  the  (.ell  and  specifies  w  hich  proteins 
the  cell  can  synthesize.  The  RNA  carries  the  information  stored  by  DNA  out 
of  the  nucleus  of  the  cell  into  the  cytoplasm,  where  the  information  is  used  in 
protein  synthesis. 

The  monomers  of  nucleic  acids,  called  nucleotides,  are  formed  from  the 

following  units: 

1.  A  phosphoric  acid  molecule,  H3PO4 

2.  A  five-carbon  sugar 

3.  A  nitrogen-containing  organic  base 

The  sugar  component  of  RNA  is  ///'esc,  whereas  that  in  DNA  is  ilcoxi/iibosr. 

HOCH2  O       H  HOCH2  O  H 

OH  OH 

Ribose  Deoxyribose 

Dco.vi/ribose  differs  from  ribose  only  in  having  one  fewer  oxygen  atom  at 
carbon  2. 

The  following  nitrogen  bases  are  found  in  DNA  and  RNA: 

Adenine  (A)  Guanine  (G)  Cytosine  (C)  Thymine  (T)  Uracil  (U) 
DNA  DNA  DNA  DNA  RNA 
RNA  RNA  RNA 
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▲  Figure  25.34  A  nucleotide.  Structure  of 
deoxyadenylic  acid,  a  nucleotide  formed  from 
phosphoric  acid,  deoxyribose,  and  the  organic 
base  adenine. 

▼  Figure  25.35   Structure  of  a 
polynucleotide.  Because  the  sugar  in  each 
nucleotide  is  deoxyribose,  this  polynucleotide  is 
of  the  form  found  in  DNA. 

O 

The  base  is  attached  to  a  ribose  or  deoxyribose  molecule 
through  a  bond  to  the  nitrogen  atom  shown  in  color.  An  ex- 

ample of  a  nucleotide  in  which  the  base  is  adenine  and  the 

sugar  is  deoxyribose  is  shown  in  Figure  25.34  -4. 
Nucleic  acids  are  polynucleotides  formed  by  conden- 

sation reactions  between  an  OH  group  of  the  phosphoric 
acid  unit  on  one  nucleotide  and  an  OH  group  of  the  sugar  of 

another  nucleotide.  Figure  25.35  4  shows  a  portion  of  the  poly- 
meric chain  of  a  DNA  molecule. 

DNA  molecules  consist  of  two  deoxyribonucleic  acid  chains  or 
strands  that  are  wound  together  in  the  form  of  a  double  helix,  as  shown 

in  Figure  25.36  ▼.  The  drawing  in  Figure  25.36(b)  has  been  simplified  to 
show  the  essential  features  of  the  structure.  The  sugar  and  phosphate 
groups  form  the  backbone  of  each  strand.  The  bases  (represented  by  the 
letters  T,  A,  C,  and  G)  are  attached  to  the  sugars.  The  two  strands  are  held 
together  by  attractions  between  the  bases  in  one  strand  and  those  in  the 

other  strand.  These  attractions  involve  both  London  dispersion  interactions 

and  hydrogen  bonds.  ]  As  shown  in  Figure  25.37  ►,  the  struc- 
tures of  thymine  (T)  and  adenine  (A)  make  them  perfect  partners  for  hydrogen 

bonding.  Likewise,  cytosine  (C)  and  guanine  (G)  form  ideal  hydrogen-bonding 
partners.  In  the  double-helix  structure,  therefore,  each  thvmine  on  one  strand  is 
opposite  an  adenine  on  the  other  strand.  Likewise,  each  cytosine  is  opposite  a 

guanine.  The  double-helix  structure  with  complementary  bases  on  the  two 
strands  is  the  key  to  understanding  how  DNA  functions. 

O 

o— r=o 

o 

•C  1 1 

0 

o— p=o 

o 
1 

1 1 

( 1 
o— p=o 

( ) 

(a  I 

(b) 

▲  Figure  25.36   Two  views  of  DNA.  (a)  A  computer-generated  model  of  a  DNA  double  helix.  The  dark 
blue  and  light  blue  atoms  represent  the  sugar-phosphate  chains  that  wrap  around  the  outside.  Inside  the  chains 
are  the  bases,  shown  in  red  and  yellow-green,  (b)  A  schematic  illustration  of  the  double  helix  showing  the 
hydrogen-bond  interactions  between  complementary  base  pairs. 
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The  two  strands  of  DNA  unwind  during  cell  div  ision,  and  new  comple- 
mentary strands  are  constructed  on  the  unraveling  strands  (Figure  25.38  T). 

This  process  results  in  two  identical  double-helix  DNA  structures,  each  con- 
taining one  strand  from  the  original  structure  and  one  newly  synthesized 

strand.  This  replication  process  allows  genetic  information  to  be  transmitted 

when  cells  divide.  The  structure  of  DNA  is  also  the  key  to  understanding  pro- 
tein synthesis,  the  means  bv  which  \  iruses  infect  cells,  and  many  other  prob- 

lems of  central  importance  to  modern  biology.  These  themes  are  beyond  the 
scope  of  this  book.  If  you  take  courses  in  the  life  sciences,  however,  you  will 
learn  a  good  deal  about  such  matters. 

▲  Figure  25.37   Hydrogen  bonding 
between  complementary  base  pairs.  The 
hydrogen  bonds  are  responsible  for  formation 
of  the  double-stranded  helical  structure  of  DNA, 
shown  in  Figure  25.36(b). 

3-D  MODEL 

DNA 

-G 

A=T- 
Sugar- 
phosphate 
backbone 

G  —
 

Old 

4  Figure  25.38    DNA  replication.  The 
original  DNA  double  helix  partially  unwinds, 
and  new  nucleotides  line  up  on  each  strand  in 
complementary  fashion.  Hydrogen  bonds  help 
align  the  new  nucleotides  with  the  original  DNA 
chain.  When  the  new  nucleotides  are  joined  by 

condensation  readions,  two  identical  double- 
helix  DNA  molecules  result. 

Old 
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■  SAMPLE  INTEGRATIVE  EXERCISE  |  Putting  Concepts  Together 

Pyruvic  acid  has  the  following  structure: 

O  O 
II  II 

CH3  — C— C  — OH 

It  is  formed  in  the  body  from  carbohydrate  metabolism.  In  the  muscle  it  is  re- 
duced to  lactic  acid  in  the  course  of  exertion.  The  acid-dissociation  constant  for  pyru- 

vic acid  is  3.2  X  10  \  (a)  Why  does  pyruv  ic  acid  have  a  higher  acid-dissociation 
constant  than  acetic  acid?  (b)  Would  you  expect  pyruvic  acid  to  exist  primarily  as  the 
neutral  acid  or  as  dissociated  ions  in  muscle  tissue,  assuming  a  pH  of  about  7.4  and 

an  acid  concentration  of  2  x  10  4  M?  (c)  What  would  you  predict  for  the  solubility 
properties  of  pyruvic  acid?  Explain,  (d)  What  is  the  hybridization  of  each  carbon 
atom  in  pyruvic  acid?  (e)  Assuming  H  atoms  as  the  reducing  agent,  write  a  balanced 
chemical  equation  for  the  reduction  of  pyruvic  acid  to  lactic  acid  (Figure  25.17).  (Al- 

though H  atoms  don't  exist  as  such  in  biochemical  systems,  biochemical  reducing 
agents  deliver  hvdrogen  for  such  reductions.) 

Solution  (a)  The  acid  ionization  constant  for  pyruvic  acid  should  be  somewhat 
greater  than  that  of  acetic  acid  because  the  carbonyl  function  on  the  a-carbon  atom 
exerts  an  electron-withdrawing  effect  on  the  carboxylic  acid  group.  In  the  C  —  O  —  H 
bond  system  the  electrons  are  shifted  from  hydrogen,  facilitating  loss  of  the  hydrogen 
as  a  proton. 

(b)  To  determine  the  extent  of  ionization,  we  first  set  up  the  ionization  equilibrium 
and  equilibrium-constant  expression.  Using  HPv  as  the  svmbol  for  the  acid,  we  have 

HPv  FT  +  Pv 
[H"][Pv]  , 

-  ihp^t  =  32  x  10 Let  [Pv  ]  =  v.  Then  the  concentration  of  undissociated  acid  is  2  x  10~4  -  .v.  The  con- 
centration of  [H+]  is  fixed  at  4.0  x  10~8  (the  antilog  of  the  pH  value).  Substituting,  we obtain 

,      [4.0  x  10"8][.v] 3.2  X  10^  =  [2  x  10~4  -  x] 

Solving  for  x,  we  obtain  x[3.2  x  10"3  +  4.0  x  10~8]  =  6.4  x  10"7 
The  second  term  in  the  brackets  is  negligible  compared  to  the  first,  so  x  =  [Pv~]  = 

6.4  x  10~7/3-2  x  10~3  =  2  x  10"4  M.  This  is  the  initial  concentration  of  acid,  which 
means  that  essentially  all  the  acid  has  dissociated.  We  might  have  expected  this  result 
because  the  acid  is  quite  dilute  and  the  acid-dissociation  constant  is  fairly  high. 

(c)  Pyruvic  acid  should  be  quite  soluble  in  water  because  it  has  polar  functional 
groups  and  a  small  hydrocarbon  component.  It  is  miscible  with  water,  ethanol,  and 
diethyl  ether. 

(d)  The  methyl  group  carbon  has  sp3  hybridization.  The  carbon  carrying  the  car- 
bonyl group  has  sp  hybridization  because  of  the  double  bond  to  oxygen.  Similarly, 

the  carboxylic  acid  carbon  is  sp  hybridized. 
(e)  The  balanced  chemical  equation  for  this  reaction  is 

O  OH 
II  I 

CH3CCOOH  +  2  (H)   >  CH.CCOOH 
I 
H 

Essentially,  the  ketonic  functional  group  has  been  reduced  to  an  alcohol. 
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What  Now? 

If  you  are  reading  this  box,  you  have  made  it  to  the  end  of 
our  text.  We  congratulate  you  on  the  tenacity  and  dedica- 

tion that  you  have  exhibited  to  make  it  this  far! 
As  an  epilogue,  we  offer  the  ultimate  study  strategy  in  the 

form  of  a  question:  What  do  you  plan  to  do  \\  i tli  the  knowl- 
edge of  chemistry  that  you  have  gained  thus  far  in  your  stud- 

ies? Many  of  you  will  enroll  in  additional  courses  in  chemistry 
as  part  of  your  required  curriculum.  For  others,  this  will  be  the 
last  formal  course  in  chemistry  that  you  will  take.  Regardless 

of  the  career  path  sou  plan  to  take — whether  it's  chemistry, 
one  of  the  biomedical  fields,  engineering,  the  liberal  arts,  or 

whatever — we  hope  that  this  text  has  increased  your  appre(  i- 
ation  of  the  chemistry  in  the  world  around  you.  If  you  pay  at- 

tention, vou  will  be  aware  of  encounters  with  chemistry  on  a 
daily  basis,  from  food  and  pharmaceutical  labels  to  gasoline 
pumps  to  sports  equipment  to  news  reports. 

We  have  also  tried  to  give  you  a  sense  that  chemistrs  is  a 
dynamic,  continuously  changing  science.  Research  chemists 
synthesize  new  compounds,  develop  new  reactions,  uncover 
chemical  properties  that  were  previously  unknow  n,  find  new 
applications  for  known  compounds,  and  refine  theories.  The 

understanding  of  biological  systems  in  terms  of  the  underly- 
ing chemistry  has  become  more  and  more  important  as  new 

levels  of  complexity  are  uncovered.  You  may  wish  to  partici- 
pate in  the  fascinating  venture  of  chemical  research  by  taking 

part  in  an  undergraduate  research  program.  Given  all  the  an- 
swers that  chemists  seem  to  have,  you  may  be  surprised  at  the 

large  number  of  questions  that  they  still  find  to  ask 
Finally,  we  hope  you  have  enjoyed  using  this  textbook. 

We  certainly  enjoyed  putting  so  many  of  our  thoughts  about 

chemistry  on  paper.  We  truly  believe  it  to  be  the  central  sci- 
ence, one  that  benefits  all  who  learn  about  it  and  from  it. 

SUMMARY  AND  KEY  TERMS 

Introduction  and  Section  25.1  This  chapter  intro- 
duces organic  chemistry,  which  is  the  study  of  carbon 

compounds  (typically  compounds  containing  carbon- 
carbon  bonds),  and  biochemistry,  which  is  the  study  of 

the  chemistry  of  living  organisms.  W'e  have  encountered 
many  aspects  of  organic  chemistry  in  earlier  chapters. 
Carbon  forms  four  bonds  in  its  stable  compounds.  The 

C  —  C  single  bonds  and  the  C  —  H  bonds  tend  to  have 
low  reactivity.  Those  bonds  that  have  a  high  electron  den- 

sity (such  as  multiple  bonds  or  bonds  with  an  atom  of 
high  electronegativity)  tend  to  be  the  sites  of  reactivity  in 
an  organic  compound.  These  sites  of  reactivity  are  called 
functional  groups. 

Section  25.2  The  simplest  types  of  organic  compounds 
are  hydrocarbons,  those  composed  of  only  carbon  and 
hydrogen.  There  are  four  major  kinds  of  hydrocarbons: 
alkanes,  alkenes,  alkynes,  and  aromatic  hydrocarbons. 

Alkanes  are  composed  of  only  C  —  H  and  C  —  C  single 
bonds.  Alkenes  contain  one  or  more  carbon-carbon  dou- 

ble bonds.  Alkynes  contain  one  or  more  carbon-carbon 
triple  bonds.  Aromatic  hydrocarbons  contain  cyclic 
arrangements  of  carbon  atoms  bonded  through  both  <r 
and  delocalized  n  bonds.  Alkanes  are  saturated  hydro- 

carbons; the  others  are  unsaturated. 

Section  25.3  Alkanes  may  form  straight-chain, 

branched-chain,  and  cyclic  arrangements.  Isomers  are 
substances  that  possess  the  same  molecular  formula,  but 

differ  in  the  arrangements  of  atoms.  In  structural  isomers 

the  bonding  arrangements  of  the  atoms  differ.  Different 

isomers  are  given  different  systematic  names.  The  nam- 
ing of  hydrocarbons  is  based  on  the  longest  continuous 

chain  of  carbon  atoms  in  the  structure.  The  locations  of 

alky!  groups,  which  branch  off  the  chain,  are  specified  by 
numbering  along  the  carbon  chain.  Alkanes  with  ring 
structures  are  called  cycloalkanes.  Alkanes  are  relatively 
unreactive.  They  do,  however,  undergo  combustion  in 

air,  and  their  chief  use  is  as  sources  of  heat  energy  pro- 
duced by  combustion. 

Section  25.4  The  names  of  alkenes  and  alkynes  are 
based  on  the  longest  continuous  chain  of  carbon  atoms 
that  contains  the  multiple  bond,  and  the  location  of  the 

multiple  bond  is  specified  by  a  numerical  prefix.  Alkenes 

exhibit  not  only  structural  isomerism  but  geometric  (cis- 
trans)  isomerism  as  well.  In  geometric  isomers  the  bonds 

are  the  same,  but  the  molecules  have  different  geome- 
tries. Geometric  isomerism  is  possible  in  alkenes  because 

rotation  about  the  C  =  C  double  bond  is  restricted. 

Alkenes  and  alkynes  readily  undergo  addition  reac- 
tions to  the  carbon-carbon  multiple  bonds.  Additions  ol 

acids,  such  as  HBr,  proceed  via  a  rate-determining  step  in 
which  a  proton  is  transferred  to  one  of  the  alkene  or  alkyne 
carbon  atoms.  Addition  reactions  are  difficult  to  carry  out 

with  aromatic  hydrocarbons,  but  substitution  reactions 
are  easily  accomplished  in  the  presence  of  catalysts. 
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Sections  25.5  and  25.6  The  chemistry  of  organic  com- 

pounds is  dominated  by  -the  nature  of  their  functional 
groups.  The  functional  groups  we  have  considered  are 

R- 

R - 

Alcohol Aldehyde 

=C—       R— < 

Alkyne  Amide 

R 

Carboxylic 
acid 

R  R ' Ether 

R 

Alkene R'  (or  H) 

R  R"(orH) 

Amine 

R ' 

Ester 

R  R' Ketone 

R,  R',  and  R"  represent  hydrocarbon  groups — for  exam- 
ple, methyl  (CH3)  or  phenyl  (C6H5). 
Alcohols  are  hydrocarbon  derivatives  containing  one 

or  more  OH  groups.  Ethers  are  formed  by  a  condensation 
reaction  of  two  molecules  of  alcohol.  Several  functional 

groups  contain  the  carbonyl  (C  =  0)  group,  including 
aldehydes,  ketones,  carboxylic  acids,  esters,  and 

amides.  Aldehydes  and  ketones  can  be  produced  by  oxi- 
dation of  certain  alcohols.  Further  oxidation  of  the  alde- 
hydes produces  carboxylic  acids.  Carboxylic  acids  can 

form  esters  by  a  condensation  reaction  with  alcohols,  or 
they  can  form  amides  by  a  condensation  reaction  with 
amines.  Esters  undergo  hydrolysis  (saponification)  in 
the  presence  of  strong  bases. 

Section  25.7  Molecules  that  possess  nonsuperimpos- 
able  mirror  images  are  termed  chiral.  The  two  nonsuper- 
imposable  forms  of  a  chiral  molecule  are  called 

enantiomers.  In  carbon  compounds  a  chiral  center  is  creat- 
ed when  all  four  groups  bonded  to  a  central  carbon  atom 

are  different,  as  in  2-bromobutane.  Many  of  the  mole- 
cules occurring  in  living  systems,  such  as  the  amino 

acids,  are  chiral  and  exist  in  nature  in  only  one  enan- 
tiomeric form.  Many  drugs  of  importance  in  human  med- 

icine are  chiral,  and  the  enantiomers  may  produce  very 
different  biochemical  effects.  For  this  reason,  synthesis  of 
only  the  effective  isomers  of  chiral  drugs  has  become  a 

high  priority. 

Sections  25.8  and  25.9  Many  of  the  molecules  that  are 

essential  for  life  are  large  natural  polymers  that  are  con- 
structed from  smaller  molecules  called  monomers.  Three 

of  these  biopolymers  were  considered  in  this  chapter: 

proteins,  polysaccharides  (carbohydrates),  and  nucleic 
acids. 

Proteins  are  polymers  ol  amino  acids.  Thev  arc  the 

major  structural  materials-in  animal  systems.  All  natural- 
ly occurring  proteins  are  formed  from  22  amino  acids. 

The  amino  acids  are  linked  bv  peptide  bonds.  A 

polypeptide  is  a  polymer  formed  bv  linking  many  amino 
acids  by  peptide  bonds. 

Amino  acids  are  chiral  substances.  Usually  only  one 

of  the  enantiomers  is  found  to  be  biologically  active.  Pro- 
tein structure  is  determined  by  the  sequence  of  amino 

acids  in  the  chain  (its  primary  structure),  the  coiling  or 
stretching  of  the  chain  (its  secondary  structure),  and  the 

overall  shape  of  the  complete  molecule  (its  tertiary  struc- 
ture). One  of  the  most  important  secondary  structure 

arrangements  is  the  a  helix.  The  process  by  which  a  pro- 
tein assumes  its  biologically  active  tertiary  structure  is 

called  folding. 

Section  25.10  Carbohydrates,  which  are  polyhydroxy 

aldehydes  and  ketones,  are  the  major  structural  con- 
stituents of  plants  and  are  a  source  of  energy  in  both 

plants  and  animals.  Glucose  is  the  most  common 
monosaccharide,  or  simple  sugar.  Two  monosaccharides 

can  be  linked  together  bv  means  of  a  condensation  reac- 
tion to  form  a  disaccharide.  Polysaccharides  are  complex 

carbohydrates  made  up  of  many  monosaccharide  units 

joined  together.  The  three  most  important  polysaccha- 
rides are  starch,  which  is  found  in  plants;  glycogen, 

which  is  found  in  mammals;  and  cellulose,  which  is  also 

found  in  plants. 

Section  25.11  Nucleic  acids  are  biopolymers  that 

carry  the  genetic  information  necessary  for  cell  reproduc- 
tion; they  also  control  cell  development  through  control 

of  protein  synthesis.  The  building  blocks  of  these 

biopolymers  are  nucleotides.  There  are  two  types  of  nu- 
cleic acids,  the  ribonucleic  acids  (RNA)  and  the 

deoxyribonucleic  acids  (DNA).  These  substances  consist 

of  a  polymeric  backbone  of  alternating  phosphate  and  ri- 
bose  or  deoxyribose  sugar  groups,  with  organic  bases  at- 

tached to  the  sugar  molecules.  The  DNA  polymer  is  a 

double-stranded  helix  (a  double  helix)  held  together  by 

hydrogen  bonding  between  matching  organic  bases  situ- 
ated across  from  one  another  on  the  two  strands.  The  hy- 

drogen bonding  between  specific  base  pairs  is  the  key  to 

gene  replication  and  protein  synthesis. 
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VISUALIZING  CONCEPTS 

25.1  Which  ol   the  following  molecules  is  unsaturated1 
[Section  25.2) 

CH3CH2CH2CH3 

(a) 

<  i 

CH,C  — OH 

(<  ) 

CH2— CH2 

/     "  \ CH,  CH CH2 

(b) 

CH,CH=CIICH, 
(d) 

25.2  Which  of  the  following  molecules  will  most  readily 
undergo  an  addition  reaction?  [Section  25. 4] 

(  ) 

II 

CH3C  H2C— OH 
(b) 

O 

CH3CHC — OH 

NHi 

(d) 

(a) 

CH  =  CH 
/  \ 
CH,  CH, 
\  / 
CH, —  CH, 

(c) 

25.3  Which  of  the  following  compounds  would  you  expect 
to  have  the  highest  boiling  point?  Explain.  [Set  lion  23. 3| 

i  > 
II 

CH3CH 

(a) 

CH3CH2OH 

(b) 

CH3C  =  CH 
(c) 

O 

HCOCH3 

(d) 

25.4  Which  of  the  following  compounds  is  capable  of  pos- 
sessing isomerism1  In  each  case  where  isomerism  is 

possible,  identify  the  type  or  types  of  isomerism. 
[Sections  23.4  and  23. 7| 

CH3  O 

CH3CHCHC— O I 

NHt 

(a) 

CH3CH2CH=CHCH3 

(<  i 

CI  (b 

CMC   H2(  II; 

(d) 

25.5  From  examination  of  the  following  ball-and-stick  mole- 
cular models,  choose  the  substance  that  (a)  can  be  hy- 

drolyzed  to  form  a  solution  containing  glucose,  (b)  is 
capable  of  forming  a  zwitterion,  (c)  is  one  of  the  lour 

bases  present  in  D.W  (d)  reacts  with  an  acid  to  form  an 
ester.  [Sections  23.e>.  25.9,  23.10,  and  2^.11] 

*  *  <> 

*  *** 

(i) 

9 

9  « 

(ii) 

*  ̂   ̂  *  » 

(no 

(i\ ) 

25.6  All  the  structures  that  follow  have  the  same  molecular 

formula,  Csl  I  |,S.  Which  stru<  tures  are  the  same  molecule? 
[Hint:  One  way  to  do  this  is  to  determine  the  chemical 
name  tor  each.|  [Section  23. 3| CI  I  j 

(a)  CH3CCI  l2(  I  K  I 
CH3  CH3 

(  1 1 
(c)  CI  I  (CI  ICH(  II. CHCH3 

til; 

CH3  CH3 

(b)  CH3CI ICI  1(11 

CH2 

CH3 

CH3CH(  II. 

(d)  CH3CHCHCH 

CH3 
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EXERCISES 

Introduction  to  Organic  Compounds;  Hydrocarbons 

25.7  Predict  the  ideal  values  for  the  bond  angles  about  each 

carbon  atom  in  thepropanal  molecule.  Indicate  the  hy- 
bridization of  orbitals  for  each  carbon. 

(  ) 

CH3CH2CH 

25.8  Identify  the  carbon  atom(s)  in  the  structure  shown  that 
has  (have)  each  of  the  following  hybridizations:  (a)  sp  , 

(b)  sp,  (c)  sp2. 
N=C— CH2— CH2— CH=CH— CHOH 

c=o 

M 

25.9  List  five  elements  that  are  commonly  found  in  organic 
compounds.  Which  ones  are  more  electronegative  than 
carbon? 

25.10  Organic  compounds  containing  C  —  O  and  C  —  CI  bonds 
are  more  reactive  than  simple  alkane  hydrocarbons.  Con- 

sidering the  comparative  values  of  C  —  H,  C  —  C,  C  —  O, 
and  C  —  CI  bond  energies  (Table  8.4),  why  is  this  so? 

25.11  (a)  What  is  the  difference  between  a  straight-chain  and 
branched-chain  alkane?  (b)  What  is  the  difference  be- 

tween an  alkane  and  an  alky]  group?  (c)  Why  are  alka- 
lies said  to  be  saturated? 

25.12  What  structural  features  help  us  identify  a  compound  as 
(a)  an  alkane,  (b)  a  cycloalkane,  (c)  an  alkene,  (d)  an 
alkyne,  (e)  a  saturated  hydrocarbon,  (f)  an  aromatic 
hydrocarbon? 

25.13  Give  the  molecular  formula  of  a  hydrocarbon  contain- 

ing five  carbon  atoms  that  is  (a)  an  alkane,  (b)  a  cy- 
cloalkane, (c)  an  alkene,  (d)  an  alkyne.  Which  are 

saturated  and  which  are  unsaturated  hydrocarbons? 
25.14  Give  the  molecular  formula  of  a  cyclic  alkane,  a  cyclic 

alkene,  a  linear  alkyne,  and  an  aromatic  hydrocarbon 
that  in  each  case  contains  six  carbon  atoms.  Which  are 

saturated  and  which  are  unsaturated  hydrocarbons? 

25.15  Give  the  general  formula  for  any  dialkene,  that  is,  a 

straight-chain  hydrocarbon  with  two  double  bonds 
along  the  chain. 

25.16  Give  the  general  formula  for  any  cyclic  alkene,  that  is,  a 
cyclic  hydrocarbon  with  one  double  bond. 

25.17  Draw  all  the  possible  noncyclic  structural  isomers  of 
C=;H|().  Name  each  compound. 

25.18  Write  the  condensed  structural  formulas  for  as  many 
alkenes  and  alkynes  as  you  can  think  of  that  have  the 
molecular  formula  ChHi(1. 

25.19  What  are  the  approximate  bond  angles  (a)  about  carbon  in 
an  alkane,  (b)  about  a  doubly  bonded  carbon  atom  in  an 
alkene,  (c)  about  a  triply  bonded  carbon  atom  in  an  alkyne? 

25.20  What  are  the  characteristic  hybrid  orbitals  employed  by 
(a)  carbon  in  an  alkane,  (b)  carbon  in  a  double  bond  in 
an  alkene,  (c)  carbon  in  the  benzene  ring,  (d)  carbon  in  a 
triple  bond  in  an  alkyne? 

25.21  Draw  the  structural  formula  or  give  the  name,  as  appro- 
priate, for  the  following: 

CH3H  HUH 
I       I       I       I  I 

(a)  H  —  C  —  C  —  C  —  C  —  C- 
H    H     H  CH3H 

CH3 

(b)  CH3CH2CH2CH2CH2CH2CCH2CHCH3 CH2  CH3 

CH3 

(c)  3-methylhexane 
(d)  4-ethyl-2,2-dimethyloctane 
(e)  methylcyclohexane 

25.22  Draw  the  structural  formula  or  give  the  name,  as  appro- 
priate, for  the  following: 

CH3CH2  CH2CH3 

(a)  CH3CCH2CH 
CH3  CH3 

CH3 

(b)  CH3CH2CH2CCH3 

CH3CHCH2CH3 

(c)  2,5-dimethylnonane 
(d)  3-ethyl-4,4-dimethylheptane 
(e)  l-ethyl-4-methylcvclohexane 

25.23  Name  the  following  compounds: 

(a)  CH3CHCH3 

CHCH2CH2CH2CH3 CH, 

I3r 

(b)  CH3CH: 

1 1 

CH3 

,CH2CHCH2CH3 
c=c 

1 1 
CH2CH3 

(d)  HC=CCH2CCH3  (e) 

CH3 

25.24  Name  the  following  compounds: 
(a) 

CH3 

,CH2— CH2^  (b)  HC^eeC— CH2—  CI 
HC— CI CI— CH 

\  / CH2— CH2 

(c)  fra»7s-CH3CH=CHCH2CH2CH3 
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<■  1 1 

(d)  CH3CH2 — C — CH,C1 

(e)  ns-CI  I2=CH— CI  I  =CH— CH2C1 

25.25  Whv  is  geometric  isomerism  possible  for  alkenes,  but 
not  for  alkanes  and  alkynes? 

25.26  Using  buteno  as  an  example,  distinguish  between  striu  - 
tural  and  geometric  isomers. 

25.27  Indicate  whether  each  of  the  following  molecule-  is  ca- 
pable of  geometrical  (cis-trans)  isomerism.  I  or  those 

that  are,  draw  the  structures:  (a)  l,l-dichloro-l-butene, 
(b)  2,4-dichloro-2-butene,  (c)  1,4-dichlorobenzene, 
(d)  4,5-dimethyI-2-pentyne. 

25.28  Draw  all  the  distinct  geometric  isomers  of  2,4-hexadiene. 
25.29  What  is  the  octane  number  of  a  mixture  of  35%  heptane 

and  65%  isooctane? 

25.30  Describe  two  ways  in  w  hich  the  octane  number  ot  a 
gasoline  consisting  or  alkanes  can  be  increased. 

Reactions  of  Hydrocarbons 

25.31  (a)  What  is  the  difference  between  a  substitution  reac- 
tion and  an  addition  reaction?  Which  one  is  commonly 

observed  with  alkenes,  and  which  one  with  aromatic 

hydrocarbons1  (b)  Using  condensed  structural  formu- 
las, write  the  balanced  equation  tor  the  addition  reac- 

tion of  2,4-dimethyl-2-pentene  w  ith  Br2.  (c)  Write  a 
balanced  chemical  equation  for  the  substitution  reaction 

of  Cl2  with  /«n7-dichlorobenzene  in  the  presence  of 
FeCU  as  a  catalyst. 

25.32  Using  condensed  structural  formulas,  write  a  balanced 
chemical  equation  for  each  of  the  following  reactions: 
(a)  hydrogenation  of  cyclohexene;  (b)  addition  ol  H20 
to  frans-2-pentene  using  H2SO4  as  a  catalyst  (two  prod- 

ucts); (c)  reaction  of  2-chloropropane  with  benzene  in 
the  presence  of  A1CU,. 

25.33  (a)  When  cyclopropane  is  treated  with  III,  l- 
iodopropane  is  formed.  A  similar  type  ot  reaction  dot's 
not  occur  with  cyclopentane  or  cyclohexane.  1  low  do 

you  account  tor  the  reactivity  of  cyclopropane?  (b)  Sug- 
gest a  method  of  preparing  ethvlben/ene,  starting  with 

benzene  and  ethylene  as  the  only  organic  reagents. 
25.34  (a)  One  test  tor  the  presence  of  an  alkene  is  to  add  a 

small  amount  of  bromine  and  look  tor  the  disappear- 

ance of  the  brown  color.  I  his  test  does  not  work  tor  de- 

tecting the  presence  of  an  aromatic  hydrocarbon.  Ex- 
plain, (b)  Write  a  series  of  reactions  leading  to 

/wvf-bromoethvlben/ene,  beginning  with  benzene  and 
using  other  reagents  as  needed  What  isomeric  side 
products  might  also  be  formed? 

25.35  Describe  the  intermediate  that  is  thought  to  form  in  the 

addition  ot  a  hydrogen  halide  to  an  alkene,  using  cyclo- 
hexene as  the  alkene  in  your  description. 

25.36  The  rate  law  lor  addition  ot  Br2  to  an  alkene  is  Inst  order 
in  Br2  and  first  order  in  the  alkene.  Does  this  tact  prove 
that  the  mechanism  ot  addition  of  Br2  to  an  alkene  pro- 

ceeds in  the  same  manner  as  lor  addition  ot  I  IBr?  Explain. 

25.37  The  molar  heat  of  combustion  ot  gaseous  cyclopropane  is 

-  2089  kj/mol;  that  tor  gaseous  cyclopentane  is 
-3317  k|  mol.  Calculate  the  heat  ot  combustion  per  CI  I2 
group  in  the  two  cases,  and  account  tor  the  difference. 

25.38  I  he  heat  ol  combustion  ot  decahydronaphthalene 
(CjiiII|S)  is  h2<Sb  k|  mol.  The  heat  ol  combustion  of 

naphthalene  (C]()HS)  is  -3157k)  mol.  (In  both  cases 
COjig)  and  H26(/)  are  the  products.)  Using  these  data 
and  data  in  Appendix  C  ,  calculate'  the  heat  of  hydro- 

genation of  naphthalene.  Does  this  value  provide  any 

evidence  for  aromatic  character  in  naphthalene1 

Functional  Croups  and  Chirality 

25.39  Identify  the  functional  groups  in  each  of  the  follow  ing 
compounds: 

(a)  CH3CCH2CH3      (b)  CH3C=0      (c)  CH2CH2CH3 

O  OH  OH 

(d)  CH3OCCH2CH3    (e)  H2NCCH3  (f)  CH3CH2NHC  II, 

O  O 

25.40  Identify  the  functional  groups  in  each  of  the  following 
compounds: 

O 

(a)  HC=C— CH,— C— H 

(b) 
CHi — CH=CI  ICI I  >(  I X  )|  I 

(  I 

(c)  CH,  CH-, 
\  / 

HiC  CM \ 

(  I 

1  » 

(d)  (  H-,CM=CHC— OC  IU 
o 

(e)  CH2— C— N(CH3)2 

\ 
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25.41  Give  the  structural  formula  for  (a)  an  aldehyde  that  is  an 
isomer  of  acetone,  (b)  an  ether  that  is  an  isomer  of  l- 

propanol. 
25.42  (a)  Give  the  empirical  formula  and  structural  formula 

for  a  cyclic  ether  containing  four  carbon  atoms  in  the 

ring,  (b)  Write  the  structural  formula  for  a  straight-chain 
compound  that  is  a  structural  isomer  of  your  answer  to 

part  (a). 
25.43  The  1UPAC  name  for  a  carboxylic  acid  is  based  on  the 

name  of  the  hydrocarbon  with  the  same  number  of  car- 

bon atoms.  The  ending  -ok  is  appended,  as  in  ethanoic 
acid,  which  is  the  IUPAC  name  for  acetic  acid, 

O 

ChhCOH 

Give  the  IUPAC  name  for  each  of  the  following  acids: 

O 

(a)  HCOH 
O 
II 

(b)  CH,CH,CH,COH 
O 
II 

(c)  ChhCH2CHCH2COH 
CH3 

25.44  Aldehydes  and  ketones  can  be  named  in  a  systematic 
way  by  counting  the  number  of  carbon  atoms  (including 
the  carbonyl  carbon)  that  they  contain.  The  name  of  the 
aldehyde  or  ketone  is  based  on  the  hydrocarbon  with 
the  same  number  of  carbon  atoms.  The  ending  -al  for 
aldehyde  or  -one  for  ketone,  is  added  as  appropriate. 
Draw  the  structural  formulas  for  the  following  alde- 

hydes or  ketones:  (a)  propanal,  (b)  2-pentanone,  (c)  3- 
methyl-2-butanone,  (d)  2-methylbutanal. 

Proteins 

25.55  (a)  What  is  an  a-amino  acid?  (b)  How  do  amino  acids 
react  to  form  proteins? 

25.56  What  properties  of  the  side  chains  (R  groups)  of  amino 

acids  are  important  in  affecting  the  amino  acid's  over- 
all biochemical  behavior?  Give  examples  to  illustrate 

your  reply. 

25.57  Draw  the  two  possible  dipeptides  formed  by  condensa- 
tion reactions  between  serine  and  lysine. 

25.58  Write  a  chemical  equation  for  the  formation  of  me- 
thionyl  glycine  from  the  constituent  amino  acids. 

25.5')  (a)  Draw  the  condensed  structure  of  the  tripeptide  Ile- 
Ala-Cvs.  (b)  How  many  different  tripeptides  can  be 
made  from  the  amino  acids  serine  and  phenylalanine? 
Give  the  abbreviations  for  each  of  these  tripeptides, 
using  the  three-letter  codes  for  amino  acids. 

25.45  Draw  the  condensed  structure  of  the  compounds 
formed  by  condensation  reactions  between  (a)  benzoic 
acid  and  ethanol,  (b)  ethanoic  acid  and  methylamine, 
(c)  acetic  acid  and  phenol.  Name  the  compound  in  each 
case. 

25.46  Draw  the  condensed  structures  of  the  esters  formed 
from  (a)  butanoic  acid  and  methanol,  (b)  benzoic  acid 

and  2-propanol,  (c)  propanoic  acid  and  dimethylamine. 
\ame  the  compound  in  ea<  h  i  ase. 

25.47  Write  a  balanced  chemical  equation  using  condensed 
structural  formulas  for  the  saponification  (base  hydroly- 

sis) of  (a)  methyl  propionate,  (b)  phenyl  acetate. 
25.48  Write  a  balanced  chemical  equation  using  condensed 

structural  formulas  for  (a)  the  formation  of  butyl  propi- 
onate from  the  appropriate  acid  and  alcohol,  (b)  the 

saponification  (base  hydrolysis)  of  methyl  benzoate. 

25.49  Would  you  expect  pure  acetic  acid  to  be  a  strongly  hydro- 
gen-bonded substance?  How  do  the  melting  and  boiling 

points  of  the  substance  (see  the  "Chemistry  at  Work"  box 
on  pp.  1088-1089  for  data)  support  your  answer? 

25.50  Acetic  anhydride  is  formed  from  acetic  acid  in  a  conden- 
sation reaction  that  involves  the  removal  of  a  mole  of 

water  from  between  two  acetic  acid  molecules.  Write  the 

chemical  equation  for  this  process,  and  show  the  struc- 
ture of  acetic  anhydride. 

25.51  Write  the  condensed  structural  formula  for  each  of  the 

following  compounds:  (a)  2-butanol,  (b)  1,2-ethanediol, 
(c)  methyl  formate,  (d)  diethyl  ketone,  (e)  diethyl  ether. 

25.52  Write  the  condensed  structural  formula  for  each  of  the 

following  compounds:  (a)  3,3-dichlorobutyraldehyde, 
(b)  methyl  phenyl  ketone,  (c)  ;wn7-bromobenzoic  acid, 
(d)  methyl-fn7j;s-2-butenvl  ether,  (e)  N,  N-dimethyl- 
benzamide. 

25.53  Draw  the  structure  for  2-bromo-2-chloro-3-methylpen- 
tane,  and  indicate  any  chiral  carbons  in  the  molecule. 

25.54  Does  3-chloro-3-methylhexane  have  optical  isomers? 
Why  or  why  not? 

25.60  (a)  What  amino  acids  would  be  obtained  by  hydrolysis 
of  the  following  tripeptide? 

O  O  O 

H2NCHCNHCHCNHCHCOH 

(CH^)2CH    H2COH  H2CCH2COH 

O 

(b)  How  manv  different  tripeptides  can  be  made  from  the 
amino  acids  glycine,  serine,  and  glutamic  acid?  Give 
the  abbreviation  for  each  of  these  tripeptides,  using  the 
three-letter  codes  for  amino  acids. 

25.61  Describe  the  primary,  secondary,  and  tertiary  structures 

of  proteins. 25.62  Describe  the  role  of  hydrogen  bonding  in  determining 
the  a-helix  structure  of  a  protein. 
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Carbohydrates 

25.63  In  your  own  words,  define  the  following  terms:  (a)  car- 
bohydrate, (b)  monosaccharide,  (c)  disaccharide. 

25.64  What  i s  the  difference  between  a-glucose  and 
/3-glucose?  Show  the  condensation  ol  two  glucose  mole- 

cules to  form  a  disaccharide  with  an  a  linkage;  with  a  fi 
linkage. 

25.65  The  structural  formula  for  the  linear  form  of  galactose  is 
as  follows: 

(  ) 
II 

C  II 

H— C— OH 

HO— C— H 

HO— C— H 

H— C— OH 

CH2OH 

(a)  How  many  chiral  carbons  are  present  in  the  mole- 
cule? (b)  Draw  the  structure  of  the  six-member-ring 

form  of  this  sugar. 

Nucleic  Acids 

25.69  Describe  a  nucleotide.  Draw  the  structural  formula  for 

deoxycytidine  monophosphate,  analogous  to  de- 
oxyadenylic  acid,  in  which  cytosine  is  the  organic  base. 

25.70  A  nucleoside  consists  of  an  organic  base  of  the  kind 
shown  in  Section  25.1 1,  bound  to  ribose  or  deoxyribose. 
Draw  the  structure  for  deoxyguanosine,  formed  from 
guanine  and  deoxyribose. 

25.71  Write  a  balanced  chemical  equation  using  condensed 
formulas  for  the  condensation  reaction  between  a  mole 

of  deoxyribose  and  a  mole  of  doubly  ionized  phosphor- 

ic acid,  HPO42-. 

Additional  Exercises 

25.75  Draw  the  condensed  structural  formulas  lor  two  mole- 
cules with  the  formula  C3H4O. 

25.76  How  many  structural  isomers  are  there  for  a  five-member 
straight  carbon  chain  with  one  double  bond?  for  a 

six-member  straight  carbon  chain  with  two  double  bonds? 
25.77  There  are  no  known  stable  cyclic  compounds  with  ring 

si/es  of  seven  or  less  that  have  an  alkyne  linkage  in  the 
ring.  Why  is  this?  Could  a  ring  with  a  larger  number  of 

carbon  atoms  accommodate  an  alkyne  linkage1  Explain 
how  you  would  use  ball-and-stick  molecular  models  to 
try  to  answer  this  question. 

25.78  Draw  the  condensed  structural  formulas  lor  the  cis  and 

trans  isomers  of  2-pentene.  Can  cyclopentene  exhibit 
cis-trans  isomerism?  Explain 

25.79  Although  there  are  silicon  analogs  of  alkanes,  silicon 
analogs  of  alkenes  or  alkynes  are  virtually  unknown. 
Why  is  this? 

25.66  The  structural  formula  tor  the  linear  form  ot  D-mannoso 
is  as  follows: 

CH 

HO— C— H 

\]0  —  C  —  \\ 

H  —  C  —  OH 

H— C— OH 

CH2OH 

(a)  How  many  chiral  carbons  are  present  in  the  mole- 
cule? (b)  Draw  the  structure  ot  the  six-member-ring 

form  ot  this  sugar. 

25.67  What  is  the  empirical  formula  ol  glycogen?  What  is  the 
unit  that  forms  the  basis  ot  tin-  glycogen  polymer?  \\  hat 

form  of  linkage  joins  these  monomel  ic  units1 
25.68  What  is  the  empirical  formula  ot  cellulose?  W  hat  is  the 

unit  that  forms  the  basis  of  the  cellulose  polymer?  What 
form  ot  linkage  joins  these  monomel  ic  units? 

25.72  A  nucleotide  undergoes  hydrolysis  under  neutral  condi- 
tions to  yield  I  mol  ol  1  I2EO.1  and  an  organic  product. 

I  he  same  starting  material  undergoes  hydrolysis  under 

acidic  conditions  to  yield  thymine  and  deoxribose- 
monophosphate.  Draw  the  structure  of  the  unknown 
substance. 

25.73  When  samples  ol  double-stranded  l)\A  are  analy/ed, 
the  quantity  of  adenine  present  equals  that  ol  thymine. 

Similarly,  the  quantity  ol  guanine  equals  that  of  cyto- 
sine. Explain  the  significance  of  these  obsen  ations. 

25.74  Imagine  a  single  DNA  strand  containing  a  section  w  ith 
the  following  base  sequence:  A,  C,  I,  C,  C,  A.  What  is 

the  base  sequence  of  the  complementary  strand! 1 

25.80  Explain  wh\  f/Y7/?i>-l,2-dichloroethene  has  no  dipole  mo- 
ment, whereas  cis- 1 ,2-dichloroethene  has  a  dipole  moment. 

25.81  Write  the  structural  formulas  lor  as  mam  alcohols  as 

you  can  think  ot  th.it  have  empiric  al  formula  C  >,l  l„0. 
25.82  I  low  many  molei  ules  ol  I  Ibr  would  \  ou  expect  to  react 

readily  with  each  molec  ule  ol  stvrene? 

<O^CH=C
H2 

125.831  Dinitromethane,  CH2(NO:):,  is  a  dangerousl)  reactive 
substance  that  decomposes  readily  on  warming.  On  the 
other  hand,  dichloromethane  is  relativelj  unreactive. 
Why  is  the  nitro  compound  so  reacth  e  compared  to  the 

chloro  compound1  [Hint:  Consider  the  oxidation  num- 
bers ot  the  atoms  involved  and  the  possible  produc  ts  ol 

decomposition  | 
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25.84  Identify  each  of  the  functional  groups  in  the  following 
molecules: 

(a)  CH2  =  CH— O— CH=CH2     (an  anesthetic) 
O 

f^Y-COH 
(b)  (     )  (acetylsalicylic  acid,  aspirin) 

^O^-J— OCCH, 

(  ) (II; 

OH 

(c) 

(testosterone,  a  male 
sex  hormone) 

25.85  Write  a  condensed  structural  formula  for  each  of  the  fol- 
lowing: (a)  an  acid  with  the  formula  C4Hs02/  (b)  a 

cyclic  ketone  with  the  formula  C5HsO,  (c)  a  dihydroxy 
compound  with  formula  C^HkOt,  (d)  a  cyclic  ester  with 
formula  C5H802. 

25.86  Although  carboxylic  acids  and  alcohols  both  contain  an 

—  OH  group,  one  is  acidic  in  water  and  the  other  is  not. 
Explain  the  difference. 

25.87  Give  the  condensed  formulas  for  the  carboxylic  acid  and 
the  alcohol  from  which  each  of  the  following  esters  is 
formed: 

O 

(a)  /qVoCCH3  (b) 

II 
UKII 

[25.88]  Indole  smells  rather  terrible  in  high  concentrations  but 

has  a  pleasant  floral-like  odor  when  highly  diluted.  It 
has  the  following  structure: 

Integrative  Exercises 

25.95  Explain  why  the  boiling  point  of  ethanol  (78°C)  is  much 
higher  than  that  of  its  isomer,  dimethyl  ether  (— 25°C), 
and  why  the  boiling  point  of  CH2F2  (— 52°C)  is  far  above 
thatofCF4(-128°C). 

125.96]  An  unknown  organic  compound  is  found  on  elemental 

analysis  to  contain  68.1%  carbon,  13.7"/..  hydrogen,  and 
1 8.2%  oxygen  by  mass.  It  is  slightly  soluble  in  water.  Upon 

careful  oxidation  it  is  converted  into  a  compound  that  be- 
haves chemically  like  a  ketone  and  contains  69.7%  carbon, 

11.7%  hydrogen,  and  18.6%  oxygen  by  mass.  Indicate  two 
or  more  reasonable  structures  for  the  unknown. 

25.97  An  organic  compound  is  analyzed  and  found  to  contain 
66.7%  carbon,  11.2%  hydrogen,  and  22.1%  oxygen  by 

mass  The  compound  boils  at  79.6°C.  At  100°C  and 
0.970  aim,  the  vapor  has  a  density  of  2.28  g/L.  The  com- 

pound has  ,i  carbonyl  group  and  cannot  be  oxidized  to  a 
carboxylic  a<  id.  Suggest  a  structure  for  the  compound. 

|25.98|  An  unknown  substance  is  found  to  contain  only  carbon 

and  hydrogen.  It  is  a  liquid  that  boils  at  49'C  at  1  atm 
pressure.  Upon  analysis  it  is  found  to  contain  85.7%  car- 

bon and  14.3%  hydrogen  by  mass.  At  100  'C  and  735 
tnrr,  the  vapor  ot  I  his  unknown  has  a  density  of 

Indole  is  a  planar  molecule.  The  nitrogen  is  a  very  weak 

base,  with  a  Kh  of  2  /  10  '2.  Explain  how  this  information 
indicates  that  the  indole  molecule  is  aromatic  in  character. 

25.89  Eocate  the  chiral  carbon  atoms,  if  any,  in  each  of  the  fol- 
lowing substances: 

OH 

(b)  HOCH2CHCCH,OH 

'  II 

(  > 

O 

(a)  HOCH2CH2CCH2OH 

O  CH; 

(c)  HOCCHCHC2Hs 

NH, 

25.90  Draw  the  condensed  structural  formula  of  each  of  the 

following  tripeptides:  (a)  Val-Gly-Asp,  (b)  Phe-Ser-Ala. 
25.91  Glutathione  is  a  tripeptide  found  in  most  living  cells. 

Partial  hydrolysis  yields  Cys-Gly  and  Glu-Cys.  What 
structures  are  possible  for  glutathione? 

25.92  Starch,  glycogen,  and  cellulose  are  all  polymers  of  glu- 
cose. What  are  the  structural  differences  among  them? 

25.93  Monosaccharides  can  be  categorized  in  terms  of  the 
number  of  carbon  atoms  (pentoses  have  five  carbons 
and  hexoses  have  six  carbons)  and  according  to  whether 

they  contain  an  aldehyde  (aldo-  prefix,  as  in  aldopen- 
tose)  or  ketone  group  (keto-  prefix,  as  in  ketopentose). 
Classify  glucose  and  fructose  (Figure  25.28)  in  this  way. 

25.94  Write  a  complementary  nucleic  acid  strand  for  the 
strand  GGTACT,  using  the  concept  of  complementary 
base  pairing. 

2.21  g/L.  When  it  is  dissolved  in  hexane  solution  and 
bromine  water  is  added,  no  reaction  occurs.  What  is  the 
identity  of  the  unknown  compound? 

25.99  The  standard  free  energy  of  formation  of  solid  glycine  is 

—369  kj/mol,  whereas  that  of  solid  glycylglycine  is 

-488  kj/mol.  What  is  AG°  for  the  condensation  of 
glycine  to  form  glycylglycine? 

25.100  One  of  the  most  important  molecules  in  biochemical 
systems  is  adenosine  triphosphate  (ATP),  for  which  the 
structure  is 

O  O  O 

O— P— O— P— O— P— O— CH, 

O         "O  "O 

OH  OH 

ATP 
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ATI'  is  the  principal  carrier  of  biochemical  energy.  It  is 
considered  an  energy-rich  compound  because  the  hy- 

drolysis of  ATI'  to  yield  adenosine  diphosphate  (ADP) 
and  inorganic  phosphate  is  spontaneous  under  aqueous 
biochemical  conditions.  !a)  Write  a  balanced  equation 
lor  the  reaction  of  ATP  with  water  to  yield  Al  )P  and  in- 

organic phosphate  ion.  [Hint:  Hydrolysis  reactions  are 
just  the  reverse  of  condensation  reactions  (Section  22.8).] 

(b)  What  would  you  expect  tor  the  sign  ol  the  free-ener- 

gy change  lor  this  reaction7  (c)  ADP  can  undergo  fur- 
ther hydrolysis.  What  would  you  expec  t  for  the  product 

i  >t  I  hat  re, u  tion  ' 
25.101  A  typical  amino  acid  with  one  amino  group  and  one 

carboxylic  acid  group,  such  as  alanine  [Figure 
25.23(a)],  can  exist  in  water  in  several  ionic  forms, 
(a)  Suggest  the  forms  of  the  amino  acid  at  low  pi  I  and 
at  high  pi  I.  (b)  Amino  acids  are  reported  to  have  two 
pK„  values,  one  in  the  range  of  2  to  3  and  the  other  in 
the  range  of  9  to  10.  Alanine,  for  example,  has  pK„  v  al- 

ues of  about  2.3  and  9.6.  Using  species  such  as  acetic 
acid  and  ammonia  as  models,  suggest  the  origin  of  the 
two  pKa  v  alues. 

|25.102|  The  protein  ribonuclease  A  in  its  nativ  e',  or  most  sta- 
ble, form  is  folded  into  a  compact  globular  shape, 

(a)  Does  the  native  form  have  a  lower  or  higher  tree 
energy  than  the  denatured  form,  in  which  the  protein 
is  an  extended  chain?  (b)  What  is  the  sign  ol  the  en- 

tropy change  in  going  from  the  denatured  to  the  fold- 
ed form?  (c)  In  the  folded  form  the  ribonuclease  A  has 

four  — S  —  S —  bonds  that  bridge  between  parts  ol 
the  chain,  as  shown  in  the  accompanying  figure.  What 
effect  do  you  predict  that  these  four  linkages  have  on 

the  free  energy  and  entropy  of  the  folded  form  as  com- 
pared with  a  hypothetical  folded  structure  that  does 

not  possess  the  tour  — S  —  S —  linkages?  1  xplain. 
(d)  A  gentle  reducing  agent  converts  the  four 
—  S— S—  linkages  to  eight  —  S  —  H  bonds.  What  ef- 

fect do  you  predict  this  would  have  on  the  tertiary 
structure  and  entropy  of  the  protein? 

Native  ribonuclease1  A 

25.10.3  The  monoanion  ol  adenosine  monophosphate  (AMP)  is 
an  intermediate  in  phosphate  metabolism: 

O 

A—  O  —  P  —  OH  =  AMP— OH 

II 

where  A  adenosine.  II  the  p/y,  for  this  anion  is  7.21, 

what  is  the  ratio  of  AMP  OH  to  [AMP  O2  |  in 
blood  at  pH7.4? 

e  M  E  D  I A  EXERCISES 

These  exercises  make  use  of  the  interactive  objects  available  on- 
line in  OneKey  or  the  Companion  Website,  and  on  your  Acceler- 
ator CD.  Access  to  these  resources  comes  in  your  MediaPak. 

25.104  Use  the  Boiling  Point  activity  (25.2)  to  plot  the  boiling 
points  of  the  first  six  straight-chain  alkanes  (methane, 

ethane,  propane,  butane,  pentane,  and  hexane)  and  then- 
corresponding  alcohols,  (a)  For  a  giv  en  number  of  car- 

bons, which  has  the  higher  boiling  point,  the  alkane  or 
the  alcohol?  Use  intermolecular  forces  to  explain  this 
observ  ation,  (b)  Does  the  difference  in  boiling  point  for 
an  alkane  and  its  corresponding  alcohol  get  smaller  or 
larger  as  the  number  of  carbons  increases?  (c)  Using 

your  observation  from  part  (by,  describe  how  the  rela- 
tive importance  of  hydrogen  bonding  and  London  dis- 

persion forces  changes  with  increasing  length  of  a 
carbon  chain.  Which  type  of  interaction  contributes 
more  significantly  to  the  overall  intermolecular  forces  for 

small  molecules,  and  which  for  large  molecules7 
25.105  Plot  the  boiling  points  of  at  least  five  different  alcohols 

and  their  corresponding  amines  (example:  /c//-bu- 
tanol  and  f<?rf-butylamine),  using  the  Boiling  Point  ac- 

tivity (23.2).  (a)  Based  on  the  boiling  points,  which 
functional  group  (alcohol  or  amine)  appears  to  con- 

tribute more  significant!)  to  hydrogen  bonding7  Ex- 
plain, (b)  Draw  Lewis  structures  ol  both  alcohol  and 

amine  functional  groups.  Use  the  I  ew  is  struc  tures  to 
support  the  conclusion  that  one  functional  group  ex- 

hibits more  significant  hydrogen  bonding  than  the 
other. 

25. I  Oh  Watch  the  Chirality  animation  (25.7)  and  answer  the  fol- 
lowing question.  What  c  onditions  are  required  lor  a  i  ar- 

bon  in  an  organic  molec  ule  to  be  <  hiral? 

25.107  The  Optical  Activity  animation  (25.7)  illustrates  the  be- 
havior ol  optically  active  molecules  (a)  What  conditions 

are  necessary  for  an  organic  molecule  to  be  optically  ac- 
tive? (b)  What  is  ,i  racemit  mixture,  and  why  does  it  not  ro- 

tate plane-polarized  light7  (c)  I  )o  i  is  and  trans  isomers  of 
dichloroethene  exhibit  optical  activity?  Explain. 

25.108  Exercise  25.59(b)  asks  for  the  number  of  and  abbrevia- 
tions for  the  tripeptides  that  can  be  made  from  the 

amino  acids  serine  and  phenylalanine.  Using  informa- 
tion from  the  Proteins  and  Amino  Acids  animation 

(25.9)  and  amino  acid  structural  formulas  in  Figure 
25.23,  draw  the  structures  for  each  of  the  tripeptides  in 
your  answer  to  Exercise  25.59(b). 
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A Mathematical  Operations 

A.I  |  Exponential  Notation  

The  numbers  used  in  chemistry  ore  often  either  extremely  large  or  extremely 
small.  Such  numbers  are  conveniently  expressed  in  the  form 

N  x  10" 

where  N  is  a  number  between  1  and  10,  and  is  the  exponent.  Some  examples 
of  this  exponential  notation,  which  is  also  called  scientific  notation,  follow. 

1,200,000  is  1 .2  ■   10'1      (read  "one  point  two  times  ten  to  the  sixth  power") 

0.000604  is  6.04  <  10  4    (read  "six  point  zero  four  times  ten  to  the  negativ  e 

fourth  power") 
A  positive  exponent,  as  in  the  first  example,  tells  us  how  many  times  a 

number  must  be  multiplied  by  10  to  give  the  long  form  of  the  number: 

1.2  x  10  =  1.2  X  Id  (six  tens) 
=  1,200,000 

It  is  also  convenient  to  think  of  the  positive  exponent  as  the  number  of  places  the 

decimal  point  must  be  moved  to  the  left  to  obtain  a  number  greater  than  1  and 
less  than  10:  If  we  begin  with  3450  and  move  the  decimal  point  three  places  to 

the  left,  we  end  up  with  3.45  X  103. 
In  a  related  fashion,  a  negativ  e  exponent  tells  us  how  many  times  we  must 

divide  a  number  by  10  to  give  the  long  form  of  the  number. 

6  04 
6.04  x  10"4  =   :   =  0.000604 10  x  10  x  10  x  10 

It  is  convenient  to  think  of  the  negative  exponent  as  the  number  of  places  the  dec- 
imal point  must  be  moved  to  the  right  to  obtain  a  number  greater  than  1  but  less 

than  10:  If  we  begin  with  0.0048  and  move  the  decimal  point  three  places  to  the 

right,  we  end  up  with  4.8  x  10~"\ In  the  system  of  exponential  notation,  with  each  shift  of  the  decimal  point 
one  place  to  the  right,  the  exponent  decreases  by  1: 

4.8  x  10~3  =  48  x  10~4 
Similarly,  with  each  shift  of  the  decimal  point  one  place  to  the  left,  the  exponent 
increases  by  1: 

4.8  x  10~3  =  0.48  x  10": 
Many  scientific  calculators  have  a  key  labeled  EXP  or  EE,  which  is  used  to 

enter  numbers  in  exponential  notation.  To  enter  the  number  5.8  x  103  on  such 
a  calculator,  the  key  sequence  is 

EXP 
(or   EE  ) 

1  1  1 6 

On  some  calculators  the  display  will  show  5.8,  then  a  space,  followed  by  03,  the 
exponent.  On  other  calculators,  a  small  10  is  shown  with  an  exponent  3. 
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To  enter  a  negative  exponent,  use  the  key  labeled  +- /-.  For  example,  to 

enter  the  number  8.6  X  lCT"1,  the  key  sequence  is 

H  □  H  [jxp]  EE  S 

When  entering  a  number  in  exponential  notation,  do  not  key  in  the  10  if  you  me  the 
EXP  or  EE  button. 

In  working  with  exponents,  it  is  important  to  recall  that  10°  =  1.  The  fol- 
lowing rules  are  useful  for  carrying  exponents  through  calculations. 

1.  Addition  and  Subtraction  In  order  to  add  or  subtract  numbers  expressed 
in  exponential  notation,  the  powers  of  10  must  be  the  same. 

(5.22  X  104)  +  (3.21  x  102)  =  (522  X  102)  +  (3.21  X  1()2) 

=  525  x  102    (3  significant  figures) 

=  5.25  x  1()4 

(6.25  x  Kr2)  -  (5.77  X  10~3)  =  (6.25  X  10  2)  -  (0.577  x  10  2) 

=  5.67  x  10  2    (3  significant  figures) 

When  you  use  a  calculator  to  add  or  subtract,  you  need  not  be  concerned 

with  having  numbers  with  the  same  exponents,  because  the  calculator  au- 
tomatically takes  care  of  this  matter. 

2.  Multiplication  and  Division  When  numbers  expressed  in  exponential  no- 
tation are  multiplied,  the  exponents  are  added;  when  numbers  expressed  in 

exponential  notation  are  divided,  the  exponent  of  the  denominator  is  sub- 
tracted from  the  exponent  of  the  numerator. 

(5.4  x  102)(2.1  X  103)  =  (5.4)(2.1)  X  102'^ 

=  11  x  10s 

=  1.1  x  106 

(1.2  x  103)(3.22  x  10~3)  =  (1.2)(3.22)  <  105  3  =  3.9  X  102 

3.2  x  105      3.2        -  , 
— r  =  —  x  10s~2  =  0.49  x  103  =  4»  <  10- 

6.5  x  102  6.5 

5.7  x  107      5.7        7  ,  Q  a 
X  107~(~~)  =  0.67  x  10'  =  6.7  •  10s 

8.5  x  ltr2  8.5 

3.  Powers  and  Roots  When  numbers  expressed  in  exponential  notation  are 
raised  to  a  power,  the  exponents  are  multiplied  bv  the  power.  When  the 

roots  of  numbers  expressed  in  exponential  notation  are  taken,  the  expo- 
nents are  divided  by  the  root. 

(1.2  x  105)3  =  (1.2)3  x  105x3 

=  1.7  x  tO15 

V2.5  x  10h  =  V2.5  x  106/3 

=  1.3  x  102 

Scientific  calculators  usually  have  keys  labeled  v2  and  \  .v  for  squaring  and 
taking  the  square  root  of  a  number,  respectively.  To  take  higher  powers  or 

roots,  many  calculators  have  yx  and  \!  1/  (or  INV       keys.  For  example,  to 

perform  the  operation  \/7.5  x  10~4  on  such  a  calculator,  you  would  key  in 

7.5  x  10"4,  press  the  Vy  key  (or  the  INV  and  then  the  i/'  keys),  enter  the 
root,  3,  and  finally  press  =.  The  result  is  9.1  X  10"2. 
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■  SAMPLE  EXERCISE  1  |  Using  Exponential  Notation 

Perform  each  of  the  following  operations,  using  vour  calculator  where  possible: 

(a)  Write  the  number  0.0054  in  standard  exponential  notation 

(b)  (5.0  x  10  :)  +  (4.7  x  10"3) 

(c)  (5.98  x  1012)(2.77  x  10"5) 

(d)  \*  1.75  X  10~12 Solution  (a)  Because  we  move  the  decimal  point  three  places  to  the  right  to  convert 

0.0054  to  5.4,  the  exponent  is  -3: 

5.4  x  10 ~3 

Scientific  calculators  are  generally  able  to  convert  numbers  to  exponential  notation 
using  one  or  two  keystrokes.  Consult  your  instruction  manual  to  see  how  this  opera- 

tion is  accomplished  on  your  calculator. 
(b)  To  add  these  numbers  longhand,  we  must  convert  them  to  the  same  exponent. 

(5.0  x  10~2)  +  (0.47  x  10"2)  =  (5.0  -  0.47)  x  10~2  =  5.5  x  10"2 

(\Tote  that  the  result  has  only  two  significant  figures.)  To  perform  this  operation  on  a 
calculator,  we  enter  the  first  number,  strike  the  +  key,  then  enter  the  second  number 
and  strike  the  =  kev. 

(c)  Performing  this  operation  longhand,  we  have 

(5.98  x  2.77)  x  1012"'  =  16.6  x  107  =  1.66  x  108 

On  a  scientific  calculator,  we  enter  5.98  x  1012,  press  the  x  key,  enter  2.77  X  10-5, 
and  press  the  =  key. 

(d)  To  perform  this  operation  on  a  calculator,  we  enter  the  number,  press  the 

v  i/  kev  (or  the  INY  and  i/A  keys),  enter  4,  and  press  the  =  key.  The  result  is  1.15  X  10-3. 

■1  PRACTICE  EXERCISE 

Perform  the  following  operations: 
(a)  Write  67,000  in  exponential  notation,  showing  two  significant  figures; 

(b)  (3.378  x  10"?)  -  (4.97  x  10"3); 

(c)  (1.84  x  1015)/(7.45  X  10~2); 
(d)  (6.67  x  1(T8)3. 

Answers:  (a)  6.7  X  104,  (b)  3.328  X  10"\  (c)  2.47  X  10lh,  (d)  2.97  x  10"22 

A.2  |  Logarithms  

Common  Logarithms 

The  common,  or  hase-10,  logarithm  (abbreviated  log)  of  any  number  is  the 
power  to  which  10  must  be  raised  to  equal  the  number.  For  example,  the  com- 

mon logarithm  of  1000  (written  log  1000)  is  3  because  raising  10  to  the  third 

power  gives  1000. 
10?  =  1000,  therefore,  log  1000  =  3 

Further  examples  are 

log  105  =  5 
log  1  =  0       (Remember  that  10°  =  1) 

log  10~2  =  -2 In  these  examples  the  common  logarithm  can  be  obtained  by  inspection.  How- 
ever, it  is  not  possible  to  obtain  the  logarithm  of  a  number  such  as  31.25  by  in- 

spection. The  logarithm  of  31.25  is  the  number  x  that  satisfies  the  following 
relationship: 

10*  =  31.25 



Most  electronic  calculators  have  a  kcv  labeled  LOG  that  can  be  used  to  obtain 

logarithms,  lor  example,  on  many  calculators  we  obtain  the  value  of  log  31.25 

by  entering  31.25  and  pressing  the  LOG  kev.  We  obtain  the  follow  ing  result: 

log  31.25  -  1.4949 

Notice  that  31.25  is  greater  than  10  ( 101 ))  and  less  than  100  (  102).  The  value  for 
log  31.25  is  accordingly  between  log  10  and  log  100,  that  is,  between  1  and  2. 

Significant  Figures  and  Common  Logarithms 

For  the  common  logarithm  of  a  measured  quantity,  the  number  of  digits  after 

the  decimal  point  equals  the  number  of  significant  figures  in  the  original  num- 
ber. For  example,  if  23.5  is  a  measured  quantity  (three  significant  figures),  then 

log  23.5  =  1.371  (three  significant  figures  after  the  decimal  point). 

Antilogarithms 

The  process  of  determining  the  number  that  corresponds  to  a  certain  logarithm 
is  known  as  obtaining  an  niitilo^arithm.  It  is  the  reverse  of  taking  a  logarithm. 

For  example,  we  saw  above  that  log  23.5  =  1.371.  This  means  that  the  antiloga- 
rithm  of  1.371  equals  23.5. 

log  23.5  =  1.371 

antilog  1.371  =  23.5 

The  process  of  taking  the  antilog  of  a  number  is  the  same  as  raising  10  to  a 
power  equal  to  that  number. 

antilog  1.371  =  101  371  =  23.5 

Many  calculators  have  a  key  labeled  10x  that  allows  you  to  obtain  antilogs  di- 
rectly. On  others,  it  will  be  necessary  to  press  a  kev  labeled  INV  (for  inverse),  fol- 
lowed by  the  LOG  key. 

Natural  Logarithms 

Logarithms  based  on  the  number  e  are  called  natural,  or  base  e,  logarithms  (ab- 
breviated In).  The  natural  log  of  a  number  is  the  power  to  which  e  (which  has 

the  value  2.71828  . . .  )  must  be  raised  to  equal  the  number.  For  example,  the  nat- 
ural log  of  10  equals  2.303. 

e2  m  =  10,  therefore  In  10  =  2.303 

Your  calculator  probably  has  a  key  labeled  LN  that  allows  you  to  obtain  natur- 
al logarithms.  For  example,  to  obtain  the  natural  log  of  46.8,  you  enter  46.8  and 

press  the  LN  key. 

In  46.8  =  3.846 

The  natural  antilog  of  a  number  is  e  raised  to  a  power  equal  to  that  number. 

If  your  calculator  can  calculate  natural  logs,  it  will  also  be  able  to  calculate  nat- 

ural antilogs.  On  some  calculators  there  is  a  kev  labeled  e*  that  allows  you  to 
calculate  natural  antilogs  directly;  on  others,  it  will  be  necessary  to  first  press 

the  INV  key  followed  bv  the  LN  key.  For  example,  the  natural  antilog  of  I  .h7l)  is 
given  by 

Natural  antilog  1.679  =  <J  h7t'  =  5.36 

The  relation  between  common  and  natural  logarithms  is  as  follows: 

In  a  =  2.303  logfl 

Notice  that  the  factor  relating  the  two,  2.303,  is  the  natural  log  of  10,  which  we 
calculated  above. 
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Mathematical  Operations  Using  Logarithms 

Because  logarithms  are  exponents,  mathematical  operations  involving  loga- 

rithms follow  the  rules  tor  the  use  of  exponents.  For  example,  the  product  of  z" 
and  z  (where  z  is  any  number)  is  given  by 

_ii .  -b  _  7{a+b) 

Similarly,  the  logarithm  (either  common  or  natural)  of  a  product  equals  the  sum 
of  the  logs  of  the  individual  numbers. 

log/7/'  =  log;?  +  log/'       [nab  =  In  a  +  \nb 

For  the  log  of  a  quotient, 

log  («//»)  =  logrt  -  log/'       \n(a/b)  =  In  a  -  In/' 

Using  the  properties  of  exponents,  we  can  also  derive  the  rules  for  the  loga- 
rithm of  a  number  raised  to  a  certain  power. 

log  a"  =  n  log  a  \nan  =  n\na 

log/?1"  =  (1/n)  log,/       In//1  "  =  (1/n)  In  a 

pH  Problems 
One  of  the  most  frequent  uses  for  common  logarithms  in  general  chemistry  is  in 

working  pH  problems.  The  pH  is  defined  as  -log[H+],  where  [H+]  is  the  hy- 
drogen ion  concentration  of  a  solution  (Section  16.4).  The  following  sample  ex- 

ercise illustrates  this  application. 

H  SAMPLE  EXERCISE  2  |  Using  Logarithms 

(a)  What  is  the  pH  of  a  solution  whose  hydrogen  ion  concentration  is  0.015  M? 
(b)  If  the  pH  of  a  solution  is  3.80,  what  is  its  hydrogen  ion  concentration? 

Solution  (a)  We  are  given  the  value  of  [FT],  We  use  the  LOG  key  of  our  calculator  to 

calculate  the  value  of  log[H~].  The  pH  is  obtained  by  changing  the  sign  of  the  value obtained.  (Be  sure  to  change  the  sign  after  taking  the  logarithm.) 

[FT]  =  0.015 

log[H~]  =  -1.82       (2  significant  figures) 

pH  =  -(-1.82)  =  1.82 

(b)  To  obtain  the  hydrogen  ion  concentration  when  given  the  pH,  we  must  take 
the  antilog  of  -pH. 

PH  =  -log[H+]  =  3.80 

log[H+]  =  -3.80 

[H  I  =  antilog(-3.80)  =  10~380  =  1.6  x  10"4  M 
PRACTICE  EXERCISE 

Perform  the  following  operations:  (a)  log(2.5  x  10-5),  (b)  In  32.7,  (c)  antilog  -3.47, 

(d)e  L89. 

Answers:  (a)  -4.60,  (b)  3.487,  (c)  3.4  x  10"4,  (d)  1.5  x  10"1 

A.3  |  Quadratic  Equations  

An  algebraic  equation  of  the  form  ax2  +  bx  +  c  =  0  is  called  a  quadratic  equa- 
tion. The  two  solutions  to  such  an  equation  are  given  by  the  quadratic  formula: 

-b  ±  \/b2  -  4/?c 

x  =  

2/7 
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TABLE  A-l  Interrelation  Between 
Pressure  and  Temperature 

■1  SAMPLE  EXERCISE  3  |  Using  the  Quadratic  Equation 

Find  the  values  of  v  that  satisfy  the  equation  2x  +  4.v  =  1. 

Solution  lei  solve  the  given  equation  for  x.  we  must  first  put  it  in  the  form 

tix2  +  bx  +  c  =  0 

and  then  use  the  quadratic  formula.  It 

2.v2  +  4x  =  1 

then 

2.v:  +  4.v  -1=0 

Using  the  quadratic  formula,  where  a  =  2,  b  —  4,  and  c       1,  we  have 

_  -4  ±  \/(4)(4)  -  4(2)(-l) X  ~  2(2) 

-4  ±  Vl6  +  8      -4  ±  \724      -4  ±  4.899 

The  two  solutions  are 

0.899  -8.899 
X  =    =  0.225    and    v  2.225 4  4 

Often  in  chemical  problems  the  negative  solution  has  no  physk  .il  meaning,  and  only 
the  positiv  e  answer  is  used. 

A.4  I  Graphs 

Often  the  clearest  way  to  represent  the  interrelationship  between  two  variables 

is  to  graph  them.  Usually,  the  variable  that  is  being  experimentally  varied, 

called  the  independent  variable,  is  shown  along  the  horizontal  axis  (.Y-axis).  I  he 
variable  that  responds  to  the  change  in  the  independent  variable,  called  the 

dependent  variable,  is  then  shown  along  the  vertical  axis  (i/-axis).  For  example, 
consider  an  experiment  in  which  we  vary  the  temperature  of  an  enclosed  gas 

and  measure  its  pressure.  The  independent  variable  is  temperature,  and  the  de- 
pendent v  ariable  is  pressure.  The  data  shown  in  Table  A-l  ►  can  be  obtained  by 

means  of  this  experiment.  These  data  are  shown  graphi- 
cally in  Figure  I  ►.  The  relationship  between  temperature 

and  pressure  is  linear.  The  equation  for  any  straight-line 
graph  has  the  form 

(i  140 

i/ 

mx  +  b 

where  m  is  the  slope  of  the  line  and  />  is  the  intercept  with 

the  y-axis.  In  the  case  of  Figure  1,  we  could  say  that  the  re- 
lationship between  temperature  and  pressure  takes  the 

form 

P  =  mT  +  b 

where  P  is  pressure  in  atm  and  T  is  temperature  in  (  As 

shown  in  Figure  I,  the  slope  is  4.10  ■  1(1  4  atm/ C,  and 
the  intercept — the  point  where  the  line  crosses  the  i/- 
axis — is  0.112  atm.  Therefore,  the  equation  for  the  line  is 

o.no 

0.120 

0.1  10 

Temperature Pressu  re 

(°C) 

(atm) 

20.0 

0.120 
30.0 0.124 

40.0 0.128 
50.0 0.132 

Slope 

A/' 

A/ 
0.0123 

30.0 

4.10  • 

atm 

Intercept     0.112  atm 

atm 

P  =    4.10  x  10~4 

atm 

C 
T  +  0.1 12  atm 

20.0  40.0  60.0 

Temperature  ((  ) 

▲  Figure  l 

so.o 



Properties  of  Water 

Density:       0.99987  g/mL  at  0°C 

1.00000  g/mL  at  4°C 
0.99707  g/mol  at  25°C 0.95838  g/mol  at  100  C 

Heat  of  fusion:       6.008  kj/mol  at  0°C 

Heat  of  vaporization:      44.44  kj/mol  at  0  C 

44.02  kj/mol  at  25°C 
40.67  kj/mol  at  100°C 

Ion-product  constant,  Ka,:       1.14  x  10_15at0°C 

1.01  x  10"14at25°C 
5.47  x  10~14at50°C 

Specific  heat:       Ice  (at  -3  C )  2.092  J/g-K 

Water  (at  14.5°C)  4.184  J/g-K 
Steam  (at  100  C)   1.841  J/g-K 

Vapor  Pressure  (torr) 
T(°C> 

P TTC) P 

T(°C) 

P 
r(°o 

P 

ii 

4.58 
21 18.65 

35 

42.2 92 567.0 
5 6.54 22 19.83 

40 

55.3 94 
610.9 

10 

9.21 

23 21.07 

45 

71.9 

96 

657.6 
12 10.52 24 22.38 50 

92.5 

98 

707.3 

14 11.99 

2^ 

23.76 55 118.0 100 760.0 

16 13.63 

26 

25.21 60 149.4 102 
815.9 

17 

14.53 27 
26.74 

t-o 

187.5 104 
875.1 

IS 

15.48 28 28.35 

70 

233.7 

106 

937.9 
16.48 29 30.04 80 

355.1 
108 

1004.4 
20 

17.54 

30 

31.82 

90 

525.8 

110 

1074.6 



Thermodynamic  Quantities 

for  Selected  Substances 

at  298.15  K  (25°C) 

A//, 

A(7, 

s 

A//, 

AC, 

s 

Substance (kj/mol) (kj/mol) (J/mol-K) 
Substance (kj/mol) (kj/mol) 

(J/mol-K) Aluminum 
C:H„(x) 

84.68 32.89 224.3 
Al(s) 

1) 
0 2S.32 

C3I  ls(\') 

103.85 23.47 
269.9 

AlCl3(s) 705.6 630.0 109.3 
<-  il  i  m(e) 

■(        1  1  1",  S  ' 
124.73 

-15.71 

310.0 
Al203(s) 1669.8 1576.5 

31.00 
C.H ,,»(/) 147.6 

-  15.0 

23 1 .0 C6H6(^) 

S2.4 

1 24.7 2(i4.2 
R  in ii in i  Ji 1 1  1 1 1 1 1 1 (    II  ih 

44  0 

1  "U  s 

1    .  1 
1  7^  S 

o o 63.2 
C  1  1  ,C  >l  1(;s') "•in  ~> 1    1  Q .0 

BaCCh(s) 1216.3 1 1  37.6 1 12. 1 (III  )H(/l 

2  38  (, 

-  1 66  23 

BaO(s) 
-553.5 

-525.1 

70.42 (  ,N  -(  )l  Ii  i  ■  i 

Intl.  1 

7fO  7 

CM  h(  >l !(/) 

-277.7 

174.7h 

1  (-)(). 7 

Beryllium GHnO  M 1273.02 

410.4 

212  1 
Be(s) (i 0 

4.44 
CO(g) 

110.3 

-  137.2 

147.4 
BeO(s) 

-608.4 

579. 1 13.77 

co2(g) 

-393.5 
344.4 

213.6 

Be(OH)2(s) 905.8 

-817.9 

11/       II  ( — \    1  \  \ 
1  ICtI  1  s02(/) 

487.0 
.342.4 

1 59.8 

Bromine Cesium 
Br(g) 111.8 82.38 

1 74. 4 

c  :S(g) 

76.50 
49.53 175.6 

Br  {aq) 120.9 
-  102.S 

80.71 

t  s(/) 

2.04 

0.03 

42.07 

Br2(g) 30.71 

3.14 

245.3 

Cs(s) 

0 0 
.S3.  |3 

Br2(/) 
1) 

0 132.3 

CsCl(s) 

442. S 

414.4 IH1  2 

HBr(x) 3h.23 

-53.22 

198.49 
(      llll  II  111! 

Calcium 

C%) 

121.7 105.7 Id3.2 

Ca(g) 179.3 145.5 1  54.8 

CI  (aq) 

167.2 TM. 2 56.5 

Ca('s) 
0 0 41.4 

CN(,V) 

0 l) 

222.4h CaCCh  (s,  calcite) 1207.1 1128.76 92.88 

1 1(  \(aq) 

167.2 
131.2 56.5 

CaCI2(s) 
-795.8 

74S.I 104.6 

HC\(g) 

42.30 

43.27 

186.69 

CaF2(s) 1219.6 1167.3 
68.87 Chromium 

CaO(s) 

-633.5 -604.17 

34.75 

Cr(.«s0 

347.3 

332.h 174.2 

Ca(OH)2(s) 

-986.2 
898.5 S.3.4 

Cr(s) 

i) 

23.6 

CaS04(s) 
- 1434.0 

1321.8 106.7 1 1  39.7 Cr203(s) 

1058. 1 

SI. 2 

Carbon i  obalt 
C(g) 7  IS. 4 

(-.72.4 158.0 

Co(#) 

434 

34,3 

174 

C(s,  diamond) 
1 .88 2.84 

2.43 

(  o(s) 

0 0 2S.4 

C(s,  graphite) 0 0 5.69 
CCl4(g) 106.7 

-64.0 

309.4 Copper 
CC14(/) 

-  139.3 
68.6 214.4 

Cu(x) 

338.4 
298.6 

166.3 

CF4(x) 679.9 

-635.1 

262.3 

Cu(s) 

0 0 33.30 

CH4(X) 

-74.S 
-50.8 

186.3 
CuCl2(s) 

205.4 
161.7 108.1 

C2H2(g) 226.77 20^.2 200.8 (  U<  >(  1 1  56. 1 
128.3 

42.54 

C2H4(x) 
32.30 

68. 1  i 214.4 
Cu20(s) 

170.7 

147.4 

92.36 

I  1 23 
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Ml,  AG/  S° 
Substance  (kj/mol)         (kj/mol)  (J/mol-K) 
Fluorine 

80.0 
6 1 .9 

158.7 
F  (aq) 

-332.6 

,-278.8 

-13.8 

r2\&  I 

( i 

202.7 HF(g) 
-268.61 

-270.70 

173.51 

Hydrogen 

H(g)
  ̂ 

217.94 203.26 114.60 H+(fl^) 
0 0 0 

H+C?) 
1536.2 1517.0 108.9 

1  on  cy 
1 3U .  r>o 

Iodine 1(g) 
106.60 70.16 

180.66 1  (aq) 
-55.19 

-51.57 

111.3 

his) 62.25 
19.37 

260.57 
I2(s) 0 0 116.73 

UK;.) 25.94 1.30 206.3 

Iron Fe(g) 
413.5 369.8 

180.5 
Fe(s) 

0 0 27.15 
Fe"  (</(/) 

-  0/  .So 
—  84.93 

113.4 Fe3+(aq) 

-47.69 
-10.54 

293.3 
FeCl2(s) 

-341.8 
-302.3 

117.9 FeCl3(s) 

-400 

-334 

142.3 
FeO(s) 

-271.9 
-255.2 

60.75 
Fe203(s) 822.16 

-740.98 

89.96 
Fe304(s) 

-1117.1 
- 1014.2 

146.4 
FeS2(s) 

-  171.5 

-160.1 

52.92 

Lead 
Pb(s) 

0 0 
68.85 

PbBr2(s) 

-277.4 
-260.7 

161 
PbC03(s) 

-699.1 
-625.5 

131.0 

Pb(N03)2(fl(/) 

-421.3 -246.9 

303.3 
Pb(N03)2(s) 

-451.9 

PbO(s) 1  G7  Q lo/.V 

DO.  /  1 1 
Lithiu  m Li(g) 

1 59.3 [26.6 
138.S Li(s) 

0 0 
29.09 

Li "((?(/) 

-278.5 
-273.4 

Li  (g) 
685.7 

648.5 133.0 —  384.  U 
39.30 

Magnesium 
Mg(ff) 147.1 ll  2.5 148.6 

Mg(s) 0 0 32.51 
MgClj(s) 641.6 

-  592. 1 

89.6 
MgO(s) 601.8 569.6 26.8 
Mg(oi  r)2(s) 

924.7 

-833.7 

63.24 

Manganese Mn(g) 280.7 238.5 173.6 
Mn(s) 

0 0 
32.0 MnO(s) 385.2 

-362.9 

59.7 

AH,  AC,  s Substance 
(kj/mol) (kl/niol) 

(  1/lTKll- ^  |/ JlltJl 

Mn02(s) 

-519.6 

-464.8 

53.14 
Mn04  (aq) 

-541.4 

447.2 191.2 
Men  urj Hg(g) 

60.83 31.76 
174.89 

Hg(/) 

0 0 

77.40 

HgCl2(s) 

-230.1 
-184.0 

144.5 

Hg2Cl2(s) 

-264.9 

-210.5 

192.5 

Nickel 

Ni(g) 

429.7 
384.5 

182.1 Ni(s) 

0 0 29.9 
NiCl2(s) 

-305.3 
-259.0 

97.65 NiO(s) 

-239.7 

-211.7 

37.99 

Nitrogen 

N(g) 

472.7 455.5 153.3 

0 0 
191.50 

NH3(fl(/) 

-80.29 

-26.50 

111.3 

NH3(#) -  46.19 

- 1 6.66 

192.5 

NH4  ((7(7) 

-132.5 
-79.31 

1 1 3.4 
N2H4(g) ^ '  5  41 1 

1 59.4 

238.5 

\  1 1 -J    /"*Tv  1/  -  \ 
l\J  rl^lM!:*) 

0.0 — 

Mil   f~^\  i  ,  \ 

-314.4 
-203.0 

94.6 

Mil     N  '  /  "\     /  , 

-365.6 
-  184.0 

151 

NO(gj 

90.37 86.71 210.62 

N02(g) 

33.84 
51.84 240.45 

N20(g) 

81.6 103.59 220.0 
N204(g) 

9.66 
98.28 

304.3 
\(  K  l(-) 

52.6 
66.3 

264 HN03(fl<7) 

-206.6 

-110.5 

146 

HN03(g) 

-134.3 
-73.94 

266.4 

Oxygen 

0(g) 

247.5 230.1 161.0 

o2(g) 

(I 

0 
205.0 

03(g) 

142.3 L63.4 237.6 
OH  (aq) 

-230.0 
-157.3 

-10.7 

H20(g) 
-241.82 

-228.57 

188.83 H20(/) 

-285.83 
-237.13 

69.91 

H202(g) 

-136.10 
-105.48 

232.9 H202(/) 

-187.8 
-120.4 

109.6 

Phosphorus 

P(g) 

316.4 

2SD.ll 

163.2 

P2(S) 

144.3 103.7 
218.1 

"4(g) 

58.9 

24.4 

2ND 
P4(s,  red) 

-17.46 

-12.03 

22.85 

P4(s,  white) 

1) 

0 
41.08 

PC13(^) 

288.07 

-269.6 

311.7 

PC13(/) 

-319.6 
-272.4 

217 

PF5(g) 
-1594.4 

-1520.7 

300.8 

1  1 1 3(g) 

3.4 

13.4 210.2 P406(s) 

-1640.1 

P4O10(s) 

-2940.1 
-2675.2 

228.9 
POCL(x) 

-542.2 
-502.5 

325 POCl3(/) 

-597.0 
-520.9 

222 H,P04((7,7) 

-1288.3 
-1142.6 

158.2 



Appendix  C 
Thermodynamic  Quantities  for  Selected  Substances  at  298.  1 5  K  (25  C )  1125 

AH/  AG?  S°  Ml,  AG,  S (kl/mol) (kl/mol) (l/mol-k) S 1 1  h  s  1  «i  n  c  p U  l'  J  l  H  1  1  V  v_ 
(k|/mol) (k|/mol) 

(|/mol-l 
Potassium 

Na  '(Hi/) 

-240.1 

261.9 
59.0 

K(g) 
8<i.99 

61.17 160.2 

Na'(y) 

609.3 
574.3 148.0 K(s) 0 0 d4.h7 

NaBr(mj) 

-360.6 
-364.7 

141.00 KCl(s) 
-435.9 

-408.3 
82.7 

NaBr(s) 

-3c  1.4 
-349.3 

8h.82 

KClC),(s) 

-391.2 -289.M 
143.0 Na2C03(s) 

1130.9 

-  1047.7 

13d.O 
KC\03(aq) 

-349.5 
-284.9 

265.7 
NaCl(fl(?) 

-407.1 
-393.0 

115.5 

K2C03(s) 
-1150.18 

-1064.58 
155.44 

NaCl(g) 

181.4 

-201.3 

229.8 r\l\K.J~),{S ) 
-  393. 1 3 \ae  us  i 

-4  LU." K20(s) 

-363.2 -  322. 1 94.14 
NaHC03(s) 

-947.7 

851  8 102.1 

K02(s) 

-284.5 
-240.6 

122.5 

NaN03(fl£/) 

-  446.2 

-372.4 

207 

K202(s) 

-495.8 
-429.8 

113.0 
NaN03(s) 

-467.9 

367.0 116.5 
KOH(s) 

-424.7 -378.9 
78.91 

NaOH(aq) 

-  4(i9.6 

-419.2 

49.8 

KOH(^) 

-482.4 
440.5 91.6 NaOH(s) 

-  425.h 
-  3793 

M.4(i 
Rubidium Strontium 
Rb(x) 85.8 55.8 170.0 

SrO(s) 

-  592.0 -  56 1 .9 

54.9 

Rb(.s) 0 0 76.78 

Sr(g) 

1C4.4 
110.0 

164.6 

RbCl(s) 
-430.5 

412.0 

92 

Sulfur RbC103(s) 

-392.4 
-292.0 

152 
S(s,  rhombic) 

(i 

0 

31.88 Scandium 

S*(X) 

102.  3 49.7 430.9 
Sc(x) 377.8 

336. 1 
174.7 

S02(g) 
-296.9 -  300.4 

248.5 

Sc(s) 0 0 34.6 

SO^x) 

59  :>  2 

-370.4 

2r>d.2 
SO,2  (///!) 

909.3 

-  744.5 

20  1 

Selenium SOCKf/) 

-245.6 

H2Se(X) 29.7 15.9 219.(1 

r ':P\\  / 

2o  1 7 

-33.01 

205.d 

-  909.3 
■  744.5 

20. 1 

Silicon H2S04(/) 

8 1  4  0 

-  689.9 

15d.l Si(g) 368.2 323.9 L67.8 1 1  \  ,1  n  i  i  i  m 
Si(s) 0 0 18.7 

T\(g) 

468 422 180.3 
SiC(s) 

-73.22 -70.85 
16.61 

Ti(s) 

0 0 
30.7(i SiCl4(/) 

-640.1 
-572.8 

239.3 

TiCl4(x) 

7h3.2 

-  72d.8 

354.9 
Si02(s,  quartz) 

-910.9 
-856.5 

41.S4 TiCl  ,(/i 

-804.2 -728.1 

22 1 .9 Silver 

1 1(  )2(s) 

-944.7 

889.4 
50.29 Ag(s) 0 0 42.55 

Vanadium 

Ag+(aq) 
105.90 77.11 73.93 

V(.V) 

514.2 
4  Sll 182.2 

AgCl(s) 
-  127.0 -109.70 

96. 1 1 

V(s) 

0 0 

28.9 

Ag20(s) 

-31.05 —  1 1 .20 
1 2 1 .  > 

AgN03(s) 

-124.4 
-33.41 

140.4 

Zin< 

Zn(g) 

130.7 95.2 160.9 
Sodium 

Zn(s) 

0 0 

4 1 .63 

Na(g) 107.7 77.3 1 53.7 ZnCN(s) 

-415.1 
-  3h9.4 

1113 
Na(s) 0 0 51.45 

ZnO(s) 

-348.0 

318.2 
43» 



Aqueous  Equilibrium 

Constants 

TABLE  D-l    Dissociation  Constants  for  Acids  at  25°C 

Name  Formula  K,7l  Kn2  K„3 

Acetic 
HC2H^02 

1.8  x  10"  ~" 

.  \  rsenk H^As04 

5.6  x  10  3 
1.0  x  10  7 

A           Mil  ̂ 1  1C H^AsCH 

5.1  x  10  '" 

A      "trHi  r i  \r>v__ VI  L '  1L HC  H-O 

8.0  x  10~5 

1.6  x  10~12 

1  1 1  .n  / ,  ||, 
1  >K_  1  1  /  1  '  1 1_ HC-H-CK h.3  •  10 E3or  ic 

H^BO-i 

5.8  x  10  '" 

R 1 1     n  ni  p DL1LA1LUH HC4H7Ot 

1.5  x  10  s 

Carbonic 
H^CO, 

4.3  x  10-7 5.6  x  10  11 

V_  1  I  IV.  M  UiRL  1 1L 

1.4  x  10  3 
Chlorous 

HO02 

1.1  x  10"2 

Citric 

H^C  1  l-O- 

7.4  x  10'4 
1.7  x  10  5 

Cydi  lie 
HCNO 

3.5  x  10~4 

Form  i  c 
HCHCK 

1.8  x  10~4 

r— 1  \ / / H  n~\  T 1  ly  Hit  M/AML 

1  11 M  3 

1.9  x  10~5 

I  I  y  LI  I  L'L.  y  Cl  1 HfN 

4.9  x  10~10 

H  V(i  rofl  i  lonr 1    I  V  VI  1  VI  1  IIVM  IV 
1  II 

6.8  x  10~4 

Hydrogen  chroma te  ion 

HCr04 

3.0  x  10~7 

Hydrogen  peroxide 

H20; 

2.4  x  W  v- 

Hydrogen  selenate  ion 

HSe64 

2.2  x  10"2 

1  x  10"14
 

Hydrosulfuric  acid 

H2S 

9.5  x  10~s 

Hypobromous 
HBrO 

2.5  x  10-9 

Hvpochlorous HCIO 

3.0  ■   10  s 
Hvpoiodous 

HIO 

2.3  x  10~n 

Iodic 

HI03 

1.7  x  10H 

Lactic 
HC3H5O3 

1.4  x  10~4 

Malonic H2C3H2O4 

1.5  x  10~3 

2.0  x  10~h 

Nitrous 

HN02 

4.5  x  10~4 

Oxalic 
H2C264 

5.9  x  10~2 
6.4  x  10~5 

Paraperiodic 

H5I06 

2.8  X  10~2 

5.3  x  10~4 

Phenol HQH5O 

1.3  x  10  10 

Phosphoric 
H3PO4 

7.5  x  10-3 
6.2  x  10~8 

Propionic 
HC3H5O2 

1.3  x  10~? 

Pyrophosphoric 
H4P2Q7 

3.0  x  10~2 4.4  x  10~3 

Selenous 
H2Se03 

2.3  x  10~3 
5.3  x  10"9 

Sulfuric 
H2S04 

Strong  acid 

1.2  x  10~2 

Sulfurous H2SO, 

1.7  x  10"2 
6.4  x  10~8 

Tartaric H2C4H4Oh 

1.0  x  10~3 
4.6  x  10"5 

3.0  x  10  12 

4.0  x  10 

-7 

4.2  x  10" 



Appendix  D  Aqueous  Equilibrium  Constants  1127 

TABLE  D-2    Dissociation  Constants  for  Bases  at  25°C 

Name Form  ula 

Kb 

Ammonia 

NH3 

1.8  x 

in 

5 

Aniline 
CLLNLL 

4.3  ■ ID 

1 0 IU 

Dimethylamine (CLh)2NH 

5.4  ■ 10 

1 

1 1 1 \  1 1 n  1 1 1  [  it T-.H-NH-, 

6.4  ■' 

1 1 ) 

4 

Hydrazine H2NNH2 
1.3  x 

III 

'> 

Hydroxylamine 1 IONH 

1.1  ■ 

III 

H 

Methylamine CH  Ml 

4.4  ■ ID 

4 

Pyridine C5H5N 1.7  x 

III 

<■! 

Trimethylamine (CH3)3N 
d.4  x 

III 

TABLE  D-3   Solubility-Product  Constants  for  Compounds  at  25°C 
Name Form ula 

Ksp 

Name Form  ula 

Ksp 

Barium  carbonate Dav^e 1 1 ) 
A  1U 

-9 

1    .  .  1  .  1  /  1  1  1  f 4  1  1  ,  .  1-1  .  -1  .  1 1  eao(  1 1 )  nuot iue 

1  or  2 

1  n Barium  chretmate Raf~rO Da*^  TK.  '4 _ .  1 1  1  1 

1  1  1 
10 

1  eau (ll)  su  1  ia te 

h.  > 

- 

Barium  fluoride 
1 '  .  1 r>a  1 2 

1  1  1 

1  1  1 

6 1  ...  I  / 1 1  \  .  i.u;.4..+ 1  .eaa  1  ii)  suitiue 

1  DD 

Jl  A 

1 1 1 

28 

Barium  oxalate DaL-2e'4 

I  (1 

1  1  1 '       1  1  1 

ll 

Magnesiu  m  hydroxide 
MgK  '1  1  >2 1  Q 

1 .0 

0  1  1 

Barium  sulfate DahL  i_| 1  t 1  1 1  1  1 
'      1  1  1 

10 
Magnesium  carbonate 

MgCU3 - 

j.D 

( 1  s 

Cadmium  carbonate (  ill  11 
1  iS 1  1  1 

14 
Magnesium  oxalate 

MgC2U4 0.0 
- 

Cadmium  hydroxide Cd(OH)2 
2  5 

•  10 

14 
Ma nga nese(  1 1 )  ca rbona te 

MnC03 

5.0 

0  10 

Cadmium  sulfide* CdS 

8  x 

10  21 

1 
Manganese(ll)  hydroxide 

Mn(OII): 1.6 

x  1 

0  13 

Calcium  carbonate  (calcite) CaCO, 4.5 
■  III 

'1 

Manganese(II)  sulfide' 

MnS 

2  x 

10 
Calcium  chroma te CaCrO, 7.1 

■  10 

4 Mercurv(I)  chloride Hg2Cl2 
1.2 

ll  ls 

Calcium  fluoride 
CaF2 

3.9 

■  III 

1 1 
Mercury(I)  iodide 

Hg2I2 

1  1 

0  -s 

Calcium  hydroxide 
Ca(OH)2 6.5 

■  10 

Mercury(II)  sulfide* 

HgS 

2  x 

10 

v, 

Calcium  phosphate 
Ca3(P04)2 2.0 

■  10 

29 
Ni<  kel(II)  carbonate 

NiCO-, 

1.3 

Calcium  sulfate 
CaS04 

2.4 

■  10 

Nit  kel(II)  hydroxide 

Ni(OH)2 

Ml 

0  16 

Chromium! Ill)  hydroxide 
Cr(OH)3 1.6 

■  10 

30 Nickel(II)  sulfide* 
NiS 

3  x 10 2(1 

Cobalt(II)  carbonate 
CoC03 

LI) 

■  10 

10 
Silver  bromate AgBr03 5.5 

it  ̂  

Cobalt(ll)  hydroxide 
Co(OH)2 1.3 

■  10 

is- 

Silver  bromide 

AgBr 

5.0 

■  1 

0  1 5 

Cobalt(II)  sulfide* 
CoS 

5  x 

10  2 

Silver  carbonate Ag2C03 

8.1 

■  1 

0  12 

Copper(I)  bromide CuBr 5.3 
x  10 M Siher  chloride 

AgC  1 
1.8 

x  1 

0  10 

Copper(  11)  carbonate Cue  D 2.3 
x  10 

•10 

Silver  chromate Ag2Cr04 
1.2 

0  12 

Copper(ll)  hydroxide 
Cu(OH)2 

4.8 
<  10 

2(1 

Silver  iodide 

Agl 

8.3 

0  17 

Copper(II)  sulfide CuS 

h  • 10  3 

sil\  er  sulfate Ag2S04 
1.5 

x  1 

0  s 

Iron(Il)  carbonate 
FeCCh 

2.1 

■  10 

1 

Silver  sulfide* 
Ag2S 

h  • 

10 

-51 

Iron(II)  hydroxide 
Fe(OH)2 

7.9 

■  II) 

1 1 . 

Strontium  carbonate 

Sr(  03 

9.3 

■  1 

Lanthanum  fluoride 

LaF3 

2  x 

10  1 

Tin(II)  .til fide* 

SnS 

1  x 

10 

2h 

Lanthanum  iodate 
La(I03)3 

6.1 

■  10 

12 
Zinc  carbonate 

Zn(  03 

1 .11 

0  10 

Lead(II)  carbonate 
PbC03 7.4 

■  10 

1 Zinc  hydroxide 

Zn(OH)2 

3.0 

0  1,1
 

Lead(II)  chloride 
PbCl2 

1.7 

■  10 

Zinc  oxalate 

ZnC204 

2  7 

1 )  s 

Lead(ll)  chromate 
PbCr04 2.8 

■  10 

13 

Zinc  sulfide* 

ZnS 

0  x 

III 

*For  ,i  solnbiliU  1'qiiililiriiim  11I  the  type  MS(s)  +  HiCXO 
:  •  M 

(aq)  + 

US  (aq) (Ml  (aq) 



Standard  Reduction 

Potentials  at  25°C 

Half-Reaction 

£°(V) 

Ag+(aq)  +  e~   ►  Ag(s 
AgBr(s)  +  e"  —  Ag(s 
AgCl(s)  +  e"    —  Ag(s 

Ag(CN)2~(<7<7)  +  e   ► 

Ag2Cr04(s)  +  2e~   ■ 
Agl(s)  +  e"   >  Ag(s) 
Ag(S203)23  (aq) 
A\3+(aq)  +  3e~ 
H3As04(flt/) 

Al(s) 

2  U'(aq)  +  2e~ 

+  Br"(fl^) +  CT(aq) 

Ag(s)  +  2CN"(n,]) 
2  Ag(s)  +  Cr04>((7,/) 
f  l'(aq) 

-  Ag(s)  +  2S20,2-(,7</) 

H3As03(fl^)  +  H20(/) 

Bo2  '(aq)  +  2e~   *  Ba(s) 

BiO+(aq)  +  2  H+(rt,/)  +  3  e~ 
Br2(/)  +  2e~   *  2  Br  (aq) 
2BrO^(nq)  +  UH'(nq)  +  10  e~ 

Br2(/)  +  6  H20(/) 

2C02(g)  +  2  HV?)  +  2e"  — 
Ca2+(aq)  +  2  e"   "  Ca(s) 
Cd2+(fl(j)  +  2  e"   ►  Cd(s) 
Ce4*(rt(j)  +  e"   *  Ce^(aq) 
C\2(g)  +  2  e   *  2  CI  (aq) 

2HC10(rt<7)  +  2H+(aq)  +  2e~  — 
CIO  "(aq)  +  H20(Z)  +  2e~   < 

CI  (aq)  +  20W(aq) 

2C103"(fl(7)  +  12  H+(<7,7)  +  10  e" 
Cl2(g)  +  12  H20(/) 

2e~   >  Co(s) 
 ►  Co:*(/7ij)  >  Cr(s) 

— »  Cr2' (aq) 

14  H'(aq)  +  6  e~ 2Crv(n</)  +  7  H20(/) 

Cr042"(fl^)  +  4  HzO(/)  +  3e~ 
^  Cr(OH)3(s 

Cir'(ii(|)  +  2  e 

Bi(s)  +  H20(/) 

H2C204(<7,7) 

Cl2(g)  +  2H20(/) 

CoZ+(<7(7) 

Co3+(aq)  +  e 
Cr3+(rt(j)  +  3  e 

Cr3+(a^)  +  e~ 
Cr207~~(aq) 

Cu-' (aq)  +  e~ 

Cu' (aq)  +  e~  - 
Cul(s)  +  e 
F2(x)  +  2  e 
Fe-+(rt(?)  +  2e 
Fe3+(a^)  +  e 

Fe(CN)63  (aq)  +  e 
2  )\  '(aq)  +  2e 
2  H20(/)  +  2e 

5  OH  (<?</) — •  Cu(s) 

->  Cu'(<7</) -  Cu(s) 

Cu(s)  +  I  \aq) 2¥(aq) —  Fe(s) 

■*  Fe2"  (my) 

Fe(CN)64  (</</) 
H2(g) 

H2(g)  +  2  OH  (aq) 

+0.799 
+  0.095 
+  0.222 

-0.31 

+  0.446 
-0.151 

+0.01 

-1.66 

+  0.559 

-2.90 

+  0.32 

+ 1 .065 -  132 
-0.49 -2.87 

-0.403 

+  1.61 
+  1.359 
+  1.63 

+0.89 -1.47 

-0.277 

+  1.842 

-0.74 
-0.41 

+  1.33 
-0.13 

+0.337 
+0.153 
+0.521 
-0.185 

+  2.87 
-0.440 

+  0.771 
+0.36 

0.000 

-0.83 

Half-Reaction 

£°(V) 

HO:  (aq)  +  H20(/)  +  2e 

H262(aq)  +  2  H  '(aq)  +  2  e 
2Hg(/) 

Hgj  (aq) Hg22f(mj)  +  2e 
2  Hg2*(<7!/)  +  2e 
Hg2+(aq)  +  2  e      —  Hg(/) 

I2(s)  +  2e"  -^>2V(aq) 
2\Of(aq)  +  12  H  '(aq)  +  10  e 
K'(aq)  +  e"   *  K(s) 

Li+(aq)  +  e"    —*  Li(s) 
Mg2*((7</)  +  2e   ►  Mg(s) 
Mn2 '(aq)  +  2e      — »  Mn(s) 

Mn02(s)  +  4  H'(aq)  +  2  e" 
Mn2+(aq)  +  2  H20(/) 

Mn04~(«(7)  +  8  H'(aq)  +  5e~ Mn2+(a<?)  +  4  H20(/) 

Mn04 "(aq)  +  2  H20(Z)  +  3e 

Mn02(s)  +  4  OH  "(aq) 

HN02(rtij)  +  H'(aq)  +  e~  — 

N2(g)  +  4  H20(/)  +4e"   
4  OH  "(aq)  +  N2H4(aq) 

N2(g)  +  5  H"(aq)  +  4  e"   
NOf(aq)  +  4  U'(aq)  +  3e~ NO(g)  +  2  H20(/) 

Na+(rti7)  +  e~   *  Na(s) 
Ni2'(rt,/)  +  2  e~   ►  Ni(s) 

02(g)  +  4  H*((?(?)  +  4   

02(g)  +  2  H20(/)  +  4e~   

02(g)  +  2  H+(aq)  +  2  e"   
03(g)  +  2  H+(^)  +  2   i Pb2+(<7(/)  +  2  e"   ►  Pb(s) 

Pb02(s)  +  HS04"(<717)  +  3H1/H/)  +  2 
PbS04(s)  +  2  H20(/) 

PbS04(s)  +  H+(aq)  +  2  e"   >  Pb(s) 
PtCl42_(<7<7)  +  2e"   >  Pt(s)  +  4Cl~(fl^) 

S(s)  +  2H*(rt(y)  +  2e"   ►  H2S(£) 

H2S03(«^)  +  4  H+(fl^)  +4e" 
HS04"((7<7)  +  3  H+(/7<7)  +  2e~ H2S03(aq)  +  HzO(Z) 

Sn2>,j)  +  2e"   ►  Sn(s) Sn4>,/)  +  2 

VO:+(m?)  +  2  H'(aq)  + V02^(aq)  +  H20(/) 

Sn2T((7(/) 

Zn-+(<7</)  +  2  e" 

Zn(s 

3  OH  ̂ )  +0.88 
-2H20(/)  +1.776 +0.789 

+0.920 
+0.854 
+0.536 

I2(s)  +  6H20(/)  +1.195 

-2.925 

-3.05 

-2.37 -1.18 

+  1.23 

+  1.51 

+0.59 

+  1.00 

-1.16 
-0.23 

+0.96 

-2.71 
-0.28 

+  1.23 
+0.40 
+0.68 

+2.07 

-0.126 

+  1.685 

-0.356 

+0.73 

+0.141 
+0.45 

+0.17 

-0.136 

+0.154 

+  1.00 

-0.763 

NO(g)  +  H20(/) 

N2H5+(aq) 

2  H20(/) 

4  OH~(aq) 
H202(aq) 

02(s>)  +  H20(/) 

HS04~ '(aq) 

S(s)  +  3  H20(Z) 

1  1 28 



Answers  to  Selected  Exercises 

Chapter  1 
1.1  (a)  Pure  element:  i,  v  (b)  mixture  of  elements:  vi  (c)  pure 
compound:  iv  (d)  mixture  ot  an  element  and  a  compound:  ii,  iii 
1.5  (a)  7.5  cm,  2  significant  figures  (sig  figs)  (b)  140  C,  2  sig  figs 
1.8 

Given        1  kl11  1  11  r  1  llr  Find 

mi/hr 
0.62  mi 

km/hr 

iii)  min 

km/min 

(ill  mi 
km/s 

1.9  (a)  Heterogeneous  mixture  (b)  homogeneous  mixture 
(heterogeneous  if  then'  are  undissolved  particles)  (c)  pure  sub- 

stance (d)  homogeneous  mixture.    1.11  (a)  S  (bj  K  (c)CI 

(d)Cu  (e)Si  (f)N  (g)  Ca  (h)  He    1.13  (a)  l  ithium  (b)  alu- 
minum (c)  lead  (d)sulfur  (e)bromine  (f)  tin  (g)  chromium 

(h)  zinc    1.15  C  is  a  compound;  it  contains  carbon  and  oxygen. 
A  is  a  compound;  it  contains  at  least  carbon  and  oxygen.  B  is 
not  defined  by  the  data  given;  it  is  probably  a  compound  be- 

cause few  elements  exist  as  white  solids.    1.17  Physical  prop- 
erties: silvery  white;  lustrous;  melting  point  =  649°C;  boiling 

point  =  1105°C;  density  at  20°C  =  1.738  g/cm3;  pounded  into 
sheets;  drawn  into  wires;  good  conductor.  Chemical  properties: 
burns  in  air;  reacts  with  CL.    1.19  (a)  Chemical  (b)  physical 
(c)  physical  (d)  chemical  (e)  chemical    1.21  (a)  Add  water  to 
dissolve  the  sugar;  filter  this  mixture,  collecting  the  sand  on  fil- 

ter paper  and  the  sugar  water  in  a  flask.  Ev  aporate  water  from 
the  flask  to  reproduce  solid  sugar,  (b)  Heat  the  mixture  until 

sulfur  melts,  then  decant  the  liquid  sulfur.    1.23  (a)  I  ■  10  1 
(b)  1  x  10  2  (c)  1  x  10  |S  (d)  1  x  10  (1  (e)  1  x  10"  (f)  1  x  103 
(g)  1  x  10  4  (h)  1  x  10  3  (i)  1  /  10  12    1.25  (a)  2.55  X  10  2g 
(b)  0.40  run  (c)  575  fim    1.27  (a)  1.59  g/mL.  Carbon  tetrachlo- 

ride, 1.59  g/mL,  is  more  dense  than  water,  1.00  g/mL;  carbon 
tetrachloride  will  sink  rather  than  float  on  water,  (b)  1.609  kg 

(c)  50.35  cm3    1.29  (a)  Calculated  density  =  0.S6  g/mL.  The 
substance  is  probably  toluene,  density  =  0.866  g/mL. 

(b)  40.4  mL  ethylene  glycol  (c)  1.11  >  103  g  nickel 
1.31  4.6  X  10~*m;46nm    1.33  (a)  17  C  (b)  422. I  F  (c)  506  K 
(d)  108°F  (e)1644  K    1.35  Exact:  (c),  (d),  and  (f)    1.37  (a)  3 
(b)  2  (c)5  (d)3  (e)5    1.39  (a)  1.025  <  102  (b)  6.570  ■  HP 
(c)  8.543  x  10  1  (d)  2.579  <  10  4  (e)  -3.572  x  10  2 
1.41  (a)  21.11  (b)  237.4  (c)  652  (d)  7.66  x  10  2 
1.43  (a)  2.54  cm  =  1  in.,  12  in.  =  1  ft  (b)  1  in.1  =  (2.54)3  cm3 

1.45  (a)76mL  (b)  50  nm  (c)  6.88  X  10~4s  (d)  2.3  X  102g 
(e)  1.55g/L  (f)6.151  x  10  1  L/s    1.47  (a)  4.32  X  10s  s 
(b)  88.5  m  (c)  $0.499/L  (d)  46.6  km/hr  (e)  1.420  L/s 

(f)  707.9  cm'    1.49  (a)  1.2  <  102  L  (b)  4  <  102  mg 
(c)  9.64km/L  (d)  26  mL  1.51  52  kg  air  1.53  Use  the  cm  as  a 

unit  for  comparison  (1  in.  ~  2.5  cm).  57  cm  =  57  cm; 
14  in.  «  35  cm;  1 .1  m  =  110  cm.  The  order  of  length  from  short- 

est to  longest  is  14  in.  <  57  cm  <  1.1  m.    1.55  (a)  $0.91 
(b)  Since  coins  come  in  integer  numbers,  7  coins  are  required. 
1.57  Composition  is  the  contents  of  a  substance;  structure  is  the 
arrangement  of  these  contents.    1.60  8.47  g  O;  the  law  of  con- 

stant composition    1.63  (a)  Volume  (b)  area  (c)  volume 
(d)  density  (e)  time  (f)  length  (g)  temperature    1.66  (a)  Densi- 

ty of  peat  =  0.13  g/cm',  density  of  topsoil  =  2.5  g/cm3.  It  is  not 
correct  to  say  that  peat  is  "lighter"  than  topsoil.  Volumes  must 
be  specified  in  order  to  compare  masses,  (b)  Buy  7  bags  of  peat 

(6.9  are  needed).    1.69  (a)  4.67  g/cm1  (b)  2.54  L 

(c)  1.95  x  i0h  g.  The  sphere  weighs  1950  kg,  or  4300  lb;  the 
thief  is  unlikely  to  be  able  to  carry  it.    1.73  (a)  Average  speed 
=  7.0393  mi/hr  (b)  pace  =  8.5236  min  mi  or  51 1.42  s  mi 
1.76  (a)  $2,013  X  10  'Lor  0.2013  c  1   (b)  $3,397  day 
1.79  (a)  61.5"..  Au  bv  mass  (b)  15  carat  gold    1.81  The  separa- 

tion is  successful  if  two  distinct  spots  are  seen  on  the  paper.  To 

quantify  the  characteristics  of  the  separation,  calculate  a  refer- 
ence value  for  each  spot:  distance  travelled  by  spot  distance 

travelled  by  solvent.  If  the  values  for  the  two  spots  are  fairly 
different,  the  separation  is  successful. 

Chapter  2 

2.1  (a)  The  path  of  the  charged  particle  bends  because  it  is  re- 
pelled by  the  negatively  charged  plate  and  attracted  to  the  pos- 
itively charged  plate,  (b)  (  -  )  (c)  increase  (d)  decrease 

2.3  The  particle  is  an  ion.  |',2S2      2.5  Formula:  IF-,:  name:  io- 
dine pentafluoride;  the  compound  is  molecular.    2.7  Postulate 

4  of  the  atomic  theory  states  that  the  relativ  e  number  and  kinds 

of  atoms  in  a  compound  are  constant,  regardless  of  the  source. 
I  herefore,  1 .0  g  of  pure  water  should  always  contain  the  same 
relative  amounts  of  hydrogen  and  oxygen,  no  matter  where  or 
how  the  sample  is  obtained.    2.9  (a)  0.571 1  g  O/T  g  N; 
1.142  g  O/l  g  N;  2.284  g  O/l  g  N;  2.855  g  Of  1  g  N  (b)  The 
numbers  in  part  (a)  obey  the  law  of  multiple  proportions.  Multi- 

ple proportions  arise  because  atoms  are  the  indivisible  entities 

i  ombining,  as  stated  in  Dalton's  atomic  theory.    2.11  ( 1 )  Elec- 
tric and  magnetic  fields  deflected  the  rays  in  the  same  way 

they  would  deflect  negativ  ely  charged  particles.  (2)  A  metal 
plate  exposed  to  cathode  rays  acquired  a  negative  charge. 
2.13  (a)  If  the  positive  plate  were  lower  than  the  negative 

plate,  the  oil  drops  "coated"  with  negatively  charged  electrons 
would  be  attracted  to  the  positively  charged  plate  and  would 

descend  much  more  quickly,  (b)  The  more  times  a  measure- 
ment is  repeated,  the  better  the  chance  of  detecting  and  com- 

pensating for  experimental  errors.  Millikan  wanted  to 
demonstrate  the  validity  of  his  result  via  its  reproducibility. 

2.15  (a)  0.19  nm;  1.9  X  102  or  190  pm  (b)  2.6  ■  106  Kr  atoms 
(c)2.9  x  H)  21  cm1    2.17  (a)  Proton,  neutron,  electron  (b)  pro- 

ton =  +  1,  neutron  =  0,  electron  =  -  1  (c)  The  neutron  is  most 
massive,  the  electron  least  massive.  (The  neutron  and  proton 
have  very  similar  masses.)    2.19  (a)  Atomic  number  is  the 
number  of  protons  in  the  nucleus  of  an  atom.  Mass  number  is 
the  total  number  of  nuclear  particles,  protons  plus  neutrons,  in 

an  atom,  (b)  mass  number    2.21  (a)  4llAr:  18  p,  22  n,  IS  e 
(b)  65Zn:  30  p,  35  n,  30  e  (c)  70Ga:  31  p,  39  n,  31  e  (d)  80Br:  35  p, 
45  n,  35  e  (e)  ls4W:  74  p,  110  n,  74  e  (f)  24  'Am:  95  p,  148  n,  95  e 2.23 

Symbol 

52Cr  55Mn 

,12Cd 
222Rn 

207pb 

Protons 24 

25 

48 

86 

82 

Neutrons 28 

30 

64 

136 

12^ 

Electrons 24 

25 

48 

86 

82 
Mass  no. 

52 55 

112 

IT) 

207 

2.25  (a)  l% Pt  (b)  14Kr  (c) 

33As 

(d)jiMg 

2.27  (a)  l2t 

(b)  Atomic  weights  are  average  atomic  masses,  the  sum  oi  the 
mass  of  each  naturally  occurring  isotope  of  an  element  times 
its  fractional  abundance.  Each  B  atom  will  have  the  mass  ot 

one  of  the  naturally  occurring  isotopes,  while  the  "atomic 

A-l 



A-2 Answers  to  Selected  Exercises 

weight"  is  an  average  value.    2.29  63.55  amu    2.31  (a)  In 
Thomson's  cathode-ray  experiments  and  in  mass  spectrometry, 
a  stream  of  charged  particles  is  passed  through  the  poles  of  a 
magnet.  The  charged  particles  are  deflected  by  the  magnetic 
field  according  to  their  mass  and  charge,  (b)  The  .v-axis  label  is 
atomic  weight,  and  the  i/-axis  label  is  signal  intensity,  (c)  Un- 

charged particles  are  not  deflected  in  a  magnetic  field.  The  ef- 
fect of  the  magnetic  field  on  charged  moving  particles  is  the 

basis  of  their  separation  by  mass. 
2.33  (a)  average  atomic  mass  =  24.31  amu 
(b) 

c 
c  5 

S. 

(7.9) 

(1.1) (1) 
24 

25 26 

Atomic  weight  (amu) 

2.35  (a)  Cr  (metal)  (b)  He  (nonmetal)  (c)  P  (nonmetal)  (d)  Zn 
(metal)  (e)  Mg  (metal)  (f)  Br  (nonmetal)  (g)  As  (metalloid) 
2.37  (a)  K,  alkali  metals  (metal)  (b)  I,  halogens  (nonmetal) 
(c)  Mg,  alkaline  earth  metals  (metal)  (d)  Ar,  noble  gases  (non- 
metal)  (e)  S,  chalcogens  (nonmetal)    2.39  An  empirical  formu- 

la shows  the  simplest  mole  ratio  of  elements  in  a  compound.  A 
molecular  formula  shows  the  exact  number  and  kinds  of  atoms 
in  a  molecule.  A  structural  formula  shows  which  atoms  are 
attached  to  which.    2.41  (a)  AlBr3  (b)  C4H5  (c)  OH40 
(d)  P205  (e)  C3H2C1  (f)  BNH2    2.43  (a)  6  (b)  6  (c)  12 

H  H 
I  I 

2.45  (a)  C2H60,     H— C— O— C— H 

H  H 

H  H 

(b)  C2H60,     H— C— C— O— H 

H  H 

1 1 

(c)  CH40, 
H— C— 

-O— H 
(d)  PF3, F— P— F 

1 1 F 

2.47 

Symbol 59Co3+ 

70Se2- 

192Os2+ 
200Hg2  + 

Protons 27 
34 

76 
80 

Neutrons 32 
46 116 

120 
Electrons 21 36 74 

78 

Net  Charge 
3+ 

2— 

2+ 2+ 2.49  (a)  Nig2"1  (b)Al34  (c)  K+  (d)  S2~  (e)  F"    2.51  (a)  GaF3, 
gallium(III)  fluoride  (b)  LiH,  litliium  hydride  (c)  A1I3,  alu- 

minum iodide  (d)  K2S,  potassium  sulfide    2.53  (a)  CaBr2 
(b)  K,C03  (c)  A1(C,H302)3  (d)  (N!  [4)2S04  (e)  Mg3(P04b 
2.55  Molecular:  (a)  B2H6  (b)  CH3OH  (f)  NOC1  (gj  NF3.  Ionic: 
(c)  LiN03  (d)  Sc203  (e)  CsBr  (hj  Ag2S04    2.57  (a)  C102 
(b)CT  (c)C103    (d)CI04    (e)ClO     2.59  (a)  Magnesium 

oxide  (b)  aluminum  chloride  (c)  lithium  phosphate  (d)  bari- 
um perchlorate  (e)  copper(II)  nitrate  (cupric  nitrate)  (f)  iron(II) 

hydroxide  (ferrous  hydroxide)  (g)  calcium  acetate  (h)  chromi- 
um(III)  carbonate  (chromic  carbonate)  (i)  potassium  chromate 
(j)  ammonium  sulfate    2.61  (a)  Al(OH)3  (b)  K2S04  (c)  Cu20 
(d)  Zn(N03)2  (e)  HgBr2  (f)  Fe2(C03)3  (g)  NaBrO 
2.63  (a)  Bromic  acid  (b)  hydrobromic  acid  (c)  phosphoric  acid 
(d)  HCIO  (e)  HIO,  (f)  H2S03    2.65  (a)  Sulfur  hexafluoride 
(b)  iodine  pentafluoride  (c)  xenon  trioxide  (d)  N204  (e)  HCN 
(f)  P4Sh    2.67  (a)  ZnC03,  ZnO,  CO,  (b)  HF,  Si02,  SiF4,  H20 
(c)  S02,  H20,  H2S03  (d)  PH3  (e)  HC104,  Cd,  Cd(C104)2 
(f)  VBr3 
2.69  (a)  A  hydrocarbon  is  a  compound  composed  of  the  ele- 

ments hydrogen  and  carbon  only. 

(b)         H     H     H  H 

H  — C  — C  — C  — C  — H 

H     H     H  H 

Molecular:  C4H10 

Empirical:  C2H5 

2.71  (a)  Functional  groups  are  groups  of  specific  atoms  that  are 
constant  from  one  molecule  to  the  next,  (b)  — OH 

(c)  H     H     H  H 

H  — C  — C  — C  — C  — OH 

H     H     H  H 

2.74  Radioactivity  is  the  spontaneous  emission  of  radiation  from 

a  substance.  Becquerel's  discovery  showed  that  atoms  could 
decay,  or  degrade,  implying  that  they  are  not  indivisible.  Howev- 

er, it  wasn't  until  Rutherford  and  others  characterized  the  nature 
of  radioactive  emissions  that  the  full  significance  of  the  discov- 

ery was  apparent.    2.77  (a)  2  protons,  1  neutron,  2  electrons 

(b)  Tritium,  "H,  is  more  massive,  (c)  A  precision  of  1  X  10~27g 
would  be  required  to  differentiate  between  3H  and  3He. 
2.79  (a)  5.90  x  1022  Au  atoms  in  the  cube  (b)  2.6  -  6.8  A 
(c)  Some  atomic  arrangement  must  be  assumed.  The  smaller  di- 

ameter, 2.6  A,  assumes  an  arrangement  with  maximum  empty 
space.  The  larger  radius,  6.8  A,  assumes  an  arrangement  with  no 
empty  space.    2.82  gO,  gO,  gO  (b)  All  isotopes  are  atoms  of 
the  same  element,  oxygen,  with  the  same  atomic  number,  8  pro- 

tons in  the  nucleus  and  8  electrons.  We  expect  their  electron 
arrangements  to  be  the  same  and  their  chemical  properties  to  be 
very  similar.  Each  has  a  different  number  of  neutrons,  a  different 
mass  number,  and  a  different  atomic  mass. 

2.86  (a)  157.836  amu,  79Br-79Br;  159.834  amu,  79Br-81Br; 
161.832  amu,  81Br-81Br  (b)  79Br,  78.918  amu;  81Br,  80.916  amu 
(c)  average  molecular  mass  of  Br2  =  159.79  amu  (d)  average 
atomic  mass  =  79.895  amu  (e)  79Br,  51.10%;  81  Br,  48.90% 
2.89  (a)  An  alkali  metal:  K  (b)  an  alkaline  earth  metal:  Ca  (c)  a 
noble  gas:  Ar  (d)  a  halogen:  Br  (e)  a  metalloid:  Ge  (f)  a  nonmetal 

in  group  1A:  H  (g)  a  metal  that  forms  a  3+  ion:  Al  (h)  a  non- 
metal  that  forms  a  2-  ion:  O  (i)  an  element  that  resembles  Al:  Ga 
2.92  (a)  Nickel(II)  oxide,  2+  (b)  manganese(IV)  oxide,  4+ 
(c)  chromium(III)  oxide,  3+  (d)  molybdenum(VI)  oxide,  6+ 
2.95  (a)  Sodium  chloride  (b)  sodium  bicarbonate  (or  sodium  hy- 

drogen carbonate)  (c)  sodium  hypochlorite  (d)  sodium  hydrox- 
ide (e)  ammonium  carbonate  (f)  calcium  sulfate    2.97  (a)  CaS, 

Ca(HS)2  (b)  HBr,  HBr03  (c)  A1N,  Al(NO,)3  (d)  FeO,  Fe,03 

(e)  NH3,  NH4+  (f)  K,S03,  KHS03  (g)  Hg2Cl2,  HgCl, 
(h)  HC103,  HC104 



Answ  ers  to  Selected  Exercises  A-3 

Chapter  3 

3.1  Equation  (a)  best  fits  the  diagram, 
mula  of  the  hydrocarbon  is  CH4. 
3.7 

o 

3.4  The  empirical  for- 

N2  +  3  H2   >  2  NH  v  Eight  N  atoms  (4  N2  molecules)  re- 
quire 24  H  atoms  (12  EE  molecules)  for  complete  reaction. 

Only  9  H2  molecules  are  available,  so  H2  is  the  limiting  reac- 
tant.  Nine  H2  molecules  (18  H  atoms)  determine  that  6  NEh 
molecules  are  produced.  One  N2  molecule  is  in  excess. 
3.9  (a)  Conservation  of  mass  (b)  Subscripts  in  chemical  formu- 

las should  not  be  changed  when  balancing  equations,  because 
changing  the  subscript  changes  the  identity  of  the  compound 
{law  of  constant  composition),  (c)  (g),  (/),  (s),  (aq) 

3.11  (a)2CO(g)  +  Oz(g)   ►  2C02(g) 
(b)  N205(g)  +  H20(/)   ►  2  HNO,(,?(/) 
(c)  CH4(g)  +  4CI2(x)   ►  CCI4(/)  +  4  HCI(x) 
(d)  Al4C3(s)  +  12H20(/)   ►  4Al(OH)3(s)  +  3CH4(£) 

(e)  2C5H10O2(/)  +  13  02(g)   >  10CO2(g)  +  10  H20(/) 
(f)  2  Fe(OH)3(s)  +  3H2S04(«9)   ►  Fe2(S04)3(^)  +  6H20(/) 

(g)  Mg3N2(s)  +  4H2S04(r«/)   >  3MgS04(m/)  +  (NH4)2S04(fl<?) 
3.13  (a)CaC2(s)  +  2  H20(/)   >  Ca(OH)2(m/)  +  C2Eh(x) 
(b)  2  KC103(s)         2  KCl(s)  +  3  02(g) 

(c)  Zn(s)  +  H2S04((?(/)   >  ZnS04(mj)  +  H2(g) 
(d)  PC13(/)  +  3  H20(Z)   >  H3P03(«^)  +  3  HC\(aq) 
(e)  3  H2S(x)  +  2  Fe(OH)3(s)   *  Fe2S3(s)  +  6  H20(g) 
3.15  (a)  Determine  the  formula  by  balancing  the  positive  and 
negative  charges  in  the  ionic  product.  All  ionic  compounds  are 
solids.  2  Na(s)  +  Br2(/)   »  2  NaBr(s)  (b)  The  second  reactant 
is  02(g).  The  products  are  C02(g)  and  H20(/). 

2C6H6(/)  +  15  02(g)   ►  12C02(g)  +  6H20(/) 
3.17  (a)  Mg(s)  +  Cl2(g)   ►  MgCl2(s) 
(b)  BaC03(s)         BaO(s)  +  C02(g) 

8  COz(g)  +  4  H20(/) 
■*  2  C02(g)  +  3  H2O(0 
— »  2  AlCl3(s)  combination 

2  C02(g)  +  2  H20(/)  combustion 

(c)  C8H«(/)  +  10O2(g)  - 
(d)  C2H60(Z)  +  3  02(X)  - 
3.19  (a)  2  Al(s)  +  3  Cl2(g) 

(b)  C2H4(x)  +  3  Oz(g)  " 
(c)  6Li(s)  +  N2(g)   »  2  Li3N(s)  combination 
(d)  PbC03(s)   >  PbO(s)  +  C02(g)  decomposition 
(e)  C7H802(/)  +  802(g)   >  7C02(g)  +  4 H20(/)  combustion 
3.21  (a)108.0amu  (b)  159.6  amu  (c)  149.0  amu  (d)  162.1  amu 
(e)  150.3  amu  (f)  399.9  amu  (g)  535.6  amu    3.23  (a)  59.97,, 
(b)  43.2%  (c)  60.57,,  (d)  45.0%  (e)  60.07,,    3.25  (a)  79.27,, 

(b)  63.27o  (c)  64.67,    3.27  (a)  6.022  X  1023  (b)  The  formula 
weight  of  a  substance  in  amu  has  the  same  numerical  value  as  the 
molar  mass  expressed  in  grams.    3.29  23  g  Na  contains  1  mol  of 
atoms;  0.5  mol  H20  contains  1.5  mol  atoms;  6.0  x  1023  N2  mole- 

cules contains  2  mol  of  atoms.    3.31  4.4  X  10    kg.  One  mole  of 
shot-put  balls  weighs  0.73  times  as  much  as  Earth. 
3.33  (a)  32.5  g  CaH2  (b)  0.0361  mol  Mg(N03)2 

(c)  1.84  x  1022  CH3OH  molecules  (d)  1.41  x  1024C  atoms 
3.35  (a)  0.373  g  (NH4)3P04  (b)  5.737  > 
C8H10N4O2  (d)  387  g  cholesterol/mol 

10"-'  mol  CI    (c)  0.248  g 
3.37  (a)  molar  mass  = 

162.3  g  (b)3.08  x  10~s  mol  allicin  (c)  1.86  X  1019  allicin  mole- 
cules (d)3.71  x  1014S  atoms    3.39  (a)  2.500  x  1021  H  atoms 

(b)  2.083  X  1020ChH12O6  molecules  (c)  3.460  X  10~4mol 

Q,HPOh  (d)  0.06227  gChHPOh    3.41  3.2  x  10  8  mol 
C2H3C1/L;1.9  x  10,(1  molecules  L    3.43  (a)  C2HeO  (b)  Fe203 
(c)CH20    3.45  (a)CSCl2  (b)C3OF6  (c)  Na3AlF6 
3.47  (a)C6H12  (b)  NH2C1    3.49  (a)  Empirical  formula,  CH; 
molecular  formula,  CSHS  (b)  empirical  formula,  C4H^N20; 

molecular  formula,  CsHu)N402  (c)  empirical  formula  and  mol- 
ecular formula,  NaC5H804N    3.51  (a)C7Hs  (b)  The  empirical 

and  molecular  formulas  are  CioH2oO.    3.53  x  =  10; 
Na2CO3-10  H20    3.55  If  the  equation  is  not  balanced,  the 
mole  ratios  derived  from  the  coefficients  will  be  incorrect  and 
lead  to  erroneous  calculated  amounts  of  products. 
3.57  (a)  2.4  mol  1  IF  (b)  5.25  g  NaF  (c)  0.610  g  Na2Si03 

3.59  (a)  Al(OH)3(s)  +  3HC\{aq)   >  A\CU{aq)  +  3  H20(/) 
(b)  0.701  g  HC1  (c)  0.855  g  A1C13;  0.347  g  H20  (d)  Mass  of  reac- 
tants  =  0.500  g  +  0.701  g  =  1.201  g;  mass  of  products  =  0.855  g  + 
0.347  g  =  1.202  g.  Mass  is  conserved,  w  ithin  the  precision  of  the 
data.    3.61  (a)  Al2S3(s)  +  6  H20(/)   ►  2  Al(OH)3(s)  + 
3  H2S(g)  (b)  7.01  g  Al(OHh    3.63  (a)  2.25  mol  N-.  (b)  15.5  g 
NaN3  (c)548gNaN3    3.65  (a)  5.50  x  10  JmolAl  (b)  1.47  g 
AIBr3    3.67  (a)  The  limiting  reactant  determines  the  maximum 
number  of  product  moles  resulting  from  a  chemical  reaction; 
any  other  reactant  is  an  c.urss  reactant.  (b)  The  limiting  reactant 
regulates  the  amount  of  products  because  it  is  completely  used 
up  during  the  reaction;  no  more  product  can  be  made  when 
one  of  the  reactants  is  unavailable.    3.69  (a)  2255  bicycles 
(b)  50  frames  left  over,  305  wheels  left  over  (c)  the  handlebars 
3.71  NaOEl  is  the  limiting  reactant;  0.425  mol  Na2C03  can  be 
produced;  0.075  mol  C02  remain.    3.73  (a)  NaHC03  is  the 
limiting  reactant.  (b)  0.524  g  C02  (c)  0.238  g  citric  acid  remain 
3.75  0.00  g  AgN03  (limiting  reactant),  1 .94  g  Na2C03,  4.06  g 
Ag2C03,  2.50  g  NaNOi    3.77  (a)  The  theoretical  yield  is  60.3  g 
C6H5Br.  (b)  94.07,  yield    3.79  7.40  g  Li3N  actual  yield 
3.81  (a)  C4H«Oo(/)  +  5  02(g)   >  4  C02(g)  +  4  H20(/) 
(b)  Ni(OH)2(s)   ►  NiO(s)  +  H20(/) 
(c)  Zn(s)  +Cl2(g)   *  ZnCE(s)    3.83  (a)  1.25  •  1022  C  atoms 
(b)  2.77  x  10  ̂  mol  HC4H704;  1.67  X  1021  HC,H704  mole- 

cules   3.86  C|„H|2N20    3.89  C6H5C1    3.92  (a)  In  a  combus- 
tion reaction,  all  H  in  the  fuel  is  transformed  to  H20  in  the 

products.  The  reactant  with  most  (mol  H/mol  fuel)  will  pro- 
duce the  most  H20.  A  1.5-mol  sample  of  C3Hg  or 

CH-jCE^COCH-)  will  produce  the  same  amount  of  1 120,  1.5 
mol  C2H5OH  will  produce  less  H20.    3.95  1.1  kg  H20 
3.98  10.2  g  KC103,  20.0  g  KHC03,  13.8  g  K2C03/  56.0  g  KC1 

3.101  6.46  <  I024  0  atoms    3.103  88  kg  C02    3.105  (a)  S(s)  + 
02(g)   ►  S02(#);  S02(#)  +  CaO(s)   ►  CaS03(s) 
(b)  1.7  /  105  kg  CaS03/day 

Chapter  4 
4.1  Diagram  (c)  represents  Li2S04    4.3  (a)  AX  is  a  nonelec- 
trolyte.  (b)  AY  is  a  weak  electrolyte,  (c)  A/  is  a  strong  elec- 

trolyte.   4.5  Solid  A  is  NaOl  I,  solid  B  is  AgBr,  and  solid  C  is 
glucose.    4.7  (b)  NO-,  and  (c)  NH4  will  always  be  spectator 
ions.    4.9  Reaction  (a)  is  represented  by  the  diagram. 
4.11  No.  Electrolyte  solutions  conduct  electricity  because  the 
dissolved  ions  carry  charge  through  the  solution  from  one  elec- 

trode to  the  other.    4.13  Although  H20  molecules  are  electri- 
cally neutral,  there  is  an  unequal  distribution  ol  electrons 

throughout  the  molecule.  The  partially  positiv  e  ends  of  1 120 
molecules  are  attracted  to  the  anions  in  the  solid,  while  the 

partially  negative  ends  are  attracted  to  the  cations.  Thus,  both 
cations  and  anions  in  an  ionic  solid  are  surrounded  and  sepa- 

rated (dissolved)  by  H20.    4.15  (a)  ZnC\2{aq)   Zn2  '  {aq)  t 
2  CI  {aq)  (b)  HN03(fl^)   ►  W  {aq)  +  N03  (aq) 

(c)  (NH4)2S04(«<7)   >  2  NH4  '{aq)  +  S042  (aq) 
(d)  Ca(OH)2((;<j)   >  Ca2,(<?</)  +  2  OH  {aq)    4.17  HCH02 
molecules,  H  '  ions,  and  CHO:   ions;  HCH02{aq)  H  r{aq) 
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+  CH02 '(aq)    4.19  (a)  Soluble  (b)  insoluble  (c)  soluble 
(d)  insoluble  (e)  insoluble    4.21  (a)  Na2C03(fl^)  + 

2  AgN03(fl<7)   ►  Ag2C03(s) '+  2  NaN03(fl</)  (b)  No  precipi- 
tate (c)  FeS04(<7(/)  +  Pb(N03)2(fl<7)   ►  PbS04(s)  + 

Fe(N03)2(fl<7)    4.23  (a)  Na+,  SOr    (b)  Na+,  N03"  (c)  NH4\ CP    4.25  The  solution  contains  Pb  . 
4.27 

Compound Ba(N03)2  Result NaCl  Result 

AgN03(rt(j) 
No  ppt AgCl  ppt 

CaCl2(rt<7) 
No  ppt 

No  ppt 

A12(S04)3(^) 
'  BaS04  ppt 

No  ppt 

This  sequence  of  tests  would  definitely  identify  the  bottle  con- 
tents.   4.29  LiOH  is  a  strong  base,  HI  is  a  strong  acid,  and 

CH3OH  is  a  molecular  compound  and  nonelectrolyte.  The 
strong  acid  HI  will  have  the  greatest  concentration  of  sol va  ted 
protons.    4.31  (a)  A  monoprotic  acid  has  one  ionizable  (acidic) 
H,  whereas  a  diprotic  acid  has  two.  (b)  A  strong  acid  is  com- 

pletely ionized  in  aqueous  solution,  whereas  only  a  fraction  of 

weak  acid  molecules  are  ionized,  (c)  An  acid  is  an  H+  donor, 
and  a  base  is  an  H+  acceptor.    4.33  The  strong  acid  HC104  is 
completely  ionized;  in  solution  it  exists  exclusively  as  H 1  (aq) 
and  Cl04~((?(/).  The  weak  acid  HCIO2  is  only  partially  ionized; in  solution  it  exists  as  a  mixture  of  neutral  HC102  molecules, 

H+(aq)  and  C\02~(aq).  4.35  (a)  Acid,  mixture  of  ions  and  mole- 
cules (weak  electrolyte)  (b)  none  of  the  above,  entirely  mole- 
cules (nonelectrolyte)  (c)  salt,  entirely  ions  (strong  electrolyte) 

(d)  base,  entirely  ions  (strong  electrolyte)    4.37  (a)  H2S03, 
weak  electrolyte  (b)  C2H5OH,  nonelectrolyte  (c)  NH3,  weak 
electrolyte  (d)  KC103,  strong  electrolyte  (e)  Cu(N03)2/ strong 

electrolyte    4.39  (a)  2  HBr(aq)  +  Ca(OH)2(^)   >  CaBr2(aq) 

+  2  H20(Z);  U+(aq)  +  OH~(aq)   *  H20(/)  (b)  Cu(OH)2(s)  + 
2  HCl64(<7<7)   >  Cu(C104)2(fl<7)  +  2  H20(Z);  Cu(OH)2(s)  + 
2  H+(aq)   >  2  H20(/)  +  Cu2+(aq)  (c)  Al(OH)3(s)  + 
3  HN03(flij)   >  Al(N03)3(m/)  +  3  H20(/);  Al(OH)3(s)  + 
3  H+(aq)   >  3  H20(/)  +  Al3+((7(/)    4.41  (a)  CdS(s)  + 
H2S04(<7,?)   >  CdS04(rt(7)  +  H2S(g);  CdS(s)  + 
2  H+(aq)   >  H2S(g)  +  Cd2+(aq)  (b)  MgC03(s)  + 
2  HC104(^/)   ►  Mg(C104)2(fl(?)  +  H20(/)  +  C02(g); 

MgC03(s)  +  2  H+(aq)   >  H20(/)  +  C<D2(g)  +  Mg2+{aq) 
4.43  (a)  CaC03(s)  +  2  HN03(atj)   >  Ca(N03)2(aq)  +  H20(7) 

+  C02(g);  2  H+(aq)  +  CaC03(s)   *  Ca2+(m7)  +  H20(/)  + 
C02(g)  (b)  FeS(s)  +  2  KBr(aq)   >  FeBr2(m/)  +  H2S(g);  FeS(s) 
+  2  H  '(aq)   *  Fe2+(aq)  +  H2S(g)    4.45  (a)  In  terms  of  elec- 

tron transfer,  oxidation  is  the  loss  of  electrons  by  a  substance 

and  reduction  is  the  gain  of  electrons  (LEO  says  GER).  (b)  Rel- 
ative to  oxidation  numbers,  when  a  substance  is  oxidized,  its 

oxidation  number  increases.  When  a  substance  is  reduced,  its 
oxidation  number  decreases.    4.47  Metals  in  region  A  are 
most  easily  oxidized.  Nonmetals  in  region  D  are  least  easily  ox- 

idized.   4.49  (a)  +4  (b)  +4  (c)  +7  (d)  +1  (e)  0  (f)  -1 
4.51  (a)Ni   >  Ni2",  Ni  is  oxidized;  Cl2   ►  2  CP,  CI  is  re- 

duced (b)Fe21  — *  Fe,  Fe  is  reduced;  Al   *  Al3+,  Al  is  oxi- 

dized (c)Cl2   >  2  Cl~,  Cl  is  reduced;  2  I~   »  I2,Iis 
oxidized  (d)  S2  — *  S042 S  is  oxidized;  H202   >  H20;  O 
is  reduced    4.53  (a)  Mn(s)  +  H2S04(r?(/)   >  MnS04(<7(/)  + 

H2(g);Mn(s)  I  2H+(aq)   *  Mn2' (aq)  +  H2(g) 
(b)  2  Cr(s)  +  6  I  Wh-(aq)   >  2  CrBr3(aq)  +  3  H2(g); 
2  Cr(s)  +  6  H+{aq)   >  2  Cr3+(m/)  +  3  H2(g) 
(c)  Sn(s)  +  2  HC\(aq)   >  SnCl2(fl^)  +  H2(g); 
Sn(s)  I  2  U'(aq)   ►  Sn2+(aq)  +  H2(g) 
(d)  2  Al(s)  +  6  I  lCHOz(aq)   >  2  Al(CH02)3(a^)  +  3  H2(g); 

2  Al(s)  +  6  HCH02(aq)   ►  2       (aq)  +  6  CH02~(fl^)  +  3  H2(g) 
4.55  (a)  Fe(s)  +  Cu(N03)2H)   *  Fe(N03)2(^)  +  Cu(s) 
(b)  NR  (c)  Sn(s)  +  2  HBr(aq)   *  SnBr2(aq)  +  H2(x)  (d)  NR 
(e)  2  Al(s)  +  3  CoS04(rt(?)   >■  Al2(S04)3(flt/)  +  3  Co(s) 

4.57  (a)  i.  Zn(s)  +  Cd2+(m?)   >  Cd(s)  +  Zn2+(aq);  ii.  Cd(s)  + 
Ni2+(aq)   >  Ni(s)  +  Cd2+(aq)  (b)  Cd  is  between  Zn 
and  Ni  on  the  activity  series,  (c)  Place  an  iron  strip  in 
CdCl2((7<7).  If  Cd(s)  is  deposited,  Cd  is  less  active  than  Fe;  if 
there  is  no  reaction,  Cd  is  more  active  than  Fe.  Do  the  same  test 
with  Co  if  Cd  is  less  active  than  Fe  or  with  Cr  if  Cd  is  more  ac- 

tive than  Fe.    4.59  (a)  Intensive;  the  ratio  of  amount  of  solute 
to  total  amount  of  solution  is  the  same,  regardless  of  how 
much  solution  is  present,  (b)  The  term  0.50  mol  HC1  defines  an 
amount  (-18  g)  of  the  pure  substance  HC1.  The  term  0.50  M 
HC1  is  a  ratio;  it  indicates  that  there  are  0.50  mol  of  HC1  solute 
in  1.0  liter  of  solution.    4.61  (a)  0.0863  M  NH4C1  (b)  0.0770 
mol  HN03  (c)  83.3  111L  of  1.50  M  KOH    4.63  16gNa>,/) 
4.65  (a)4.46gKBr  (b)  0.145  M  Ca(N03)2  (c)  20.3  mL  of  1.50  M 

Na3P04    4.67  (a)  0.15  M  K2Cr04  has  the  highest  K+  concen- 
tration, (b)  30.0  mL  of  0.15  M  K2Cr04  has  more  K  *"  ions. 

4.69  (a)  0.22  M  Na+,  0.22  M  OH    (b)  0.16  M  Ca2*,  0.32  M  Br 
(c)  0.15  M  CH3OH  (d)  0.080  M  K+,  0.080  M  C103~  0.21  M  Na+, 
0.10  MS042~    4.71  (a)  1.69  mL  14.8  MNH3  (b)  0.592  M  NH3 
4.73  (a)  Add  6.42gCi2H22On  to  a  125-mL  volumetric  flask, 
dissolve  in  a  small  volume  of  water,  and  add  water  to  the  mark 

on  the  neck  of  the  flask.  Agitate  thoroughly  to  ensure  total  mix- 
ing, (b)  Thoroughly  rinse,  clean,  and  fill  a  50-mL  buret  with 

the  1.50  M  C12H22On  .  Dispense  26.7  mL  of  this  solution  into  a 
400-mL  volumetric  container,  add  water  to  the  mark,  and  mix 
thoroughly.    4.75  1.398  M  HC->H30->    4.77  0.117  g  NaCl 
4.79  (a)38.0mLof0.115MHC104  (b)  769  mL  of  0.128  M  HC1 
(c)  0.408  M  AgN03  (d)  0.275  g  KOH    4.81  27  g  NaHC03 

4.83  1.22  x  10"2  M  Ca(OH)2  solution;  the  solubility  of 
Ca(OH)2  is  0.0904  g  in  100  mL  solution.    4.85  (a)  NiS04(rti?)  + 
2  KOH(rt</)   >  Ni(OH)2(s)  +  K2S04(<7<7)  (b)  Ni(OH)2 
(c)  KOH  is  the  limiting  reactant.  (d)  0.927  g  Ni(OH)2  (e)  0.0667 

M  N\2+(aq),  0.0667  M  K+(aq),  0.100  M  S042"H)    4.87  91.40% 
Mg(OH)2    4.90  The  precipitate  is  CdS(s).  Na+{aq)  and 
N03~((?(7)  are  spectator  ions  and  remain  in  solution,  along  with any  excess  reactant  ions.  The  net  ionic  equation  is  Cd   (aq)  + 

S2~(aq)   *  CdS(s).    4.92  (a,  b)  Expt.  1:  NR;  Expt.  2: 
2  Ag+(<7(/)  +  Cr042  (aq)   ►  Ag2Cr04(s)  red  precipitate;  Expt. 
3:  NR;  Expt.  4:  2  Ag+((7<7)  +  C2042lrt<7)   *  Ag2C204(s)  white 

precipitate;  Expt.  5:  Ca2+(aq)  +  C2042~(aq)   >  CaC204(s) 
white  precipitate;  Expt.  6:  Ag+(mj)  +  CV(aq)   >  AgCl(s) 
white  precipitate,  (c)  Chromate  salts  appear  to  be  more  soluble 
than  oxalate  salts.    4.95  (a)  All  three  reactions  are  redox  reac- 

tions, (b)  In  the  first  reaction,  N  is  oxidized  and  O  is  reduced. 
In  the  second  reaction,  N  is  oxidized  and  O  is  reduced.  In  the 
third  reaction,  N  is  both  oxidized  and  reduced.    4.98  1.42  M 

KBr    4.100  (a)  2.2  x  10^'  M  Na+  (b)  1.3  X  1012  Na+  ions/cm3 
4.103  0.521  M  H202    4.105  1.09  g  NaCIO-.    4.107  4.793%  Ba 
by  mass    4.110  (a)  Na2S04((7(7)  +  Pb(N03)2(s)   ►  PbS04(s) 
+  NaN03((7<j)  (b)  Pb(N03)7  is  the  limiting  reactant.  (c)  0.200  M 

Na+,  0.0725  M  N03",  0.064  M  S042~    4.113  1.766%  Cl"  by 
mass    4.115  2.8  X  10"5  g  Na3AsQ4  in  1.00  L  H20 

Chapter  5 
5.1  As  the  book  falls,  potential  energy  decreases  and  kinetic 

energy  increases.  At  the  instant  before  impact,  all  potential  en- 
ergy has  been  converted  to  kinetic  energy,  so  the  book's  total 

kinetic  energy  is  85  J,  assuming  no  transfer  of  energy  as  heat. 
5.4  (a)  No.  The  distance  traveled  to  the  top  of  a  mountain 
depends  on  the  path  taken  by  the  hiker.  Distance  is  a  path 
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function,  not  a  state  function,  (b)  Yes.  Change  in  elevation  de- 
pends only  on  the  location  of  the  base  camp  and  the  height  of 

the  mountain,  not  on  the  path  to  the  top.  Change  in  elevation  is 
a  state  function,  not  a  path  function.    5.6  (a)  The  temperatures 
of  the  system  and  surroundings  will  equalize,  so  the  tempera- 

ture of  the  hotter  system  will  decrease  and  the  temperature  of 
the  colder  surroundings  will  increase.  The  sign  of  q  is  (-);  the 
process  is  exothermic,  (b)  If  neither  volume  nor  pressure  of  the 
system  changes,  w  =  0  and  A£  =  q  =  AH.  The  change  in  inter- 

nal energy  is  equal  to  the  change  in  enthalpy.    5.9  An  object 
can  possess  energy  by  virtue  of  its  motion  or  position.  Kinetic 
energy  depends  on  the  mass  of  the  object  and  its  velocity  Po- 

tential energy  depends  on  the  position  of  the  object  relative  to 
the  body  with  which  it  interacts.    5.11  (a)  84  J  (b)  20  cal  (c)  As 
the  ball  hits  the  sand,  its  speed  (and  hence  its  kinetic  energy) 
drops  to  zero.  Most  of  the  kinetic  energy  is  transferred  to  the 
sand,  which  deforms  when  the  ball  lands.  Some  energy  is  re- 

leased as  heat  through  friction  between  the  ball  and  the  sand. 
5.13  1  Btu  =  1054  J    5.15  The  energy  source  of  a  100-watt 
lightbulb  is  electrical  current  from  household  wiring.  Energy  is 
radiated  in  the  form  of  heat  and  visible  light.  The  energy 
source  for  an  adult  person  is  food.  After  a  series  of  complex 
chemical  reactions  that  release  the  potential  energy  stored  in 
chemical  bonds,  some  energy  is  transferred  as  electrical  im- 

pulses that  trigger  muscle  action  and  become  kinetic  energy. 
Some  is  released  as  heat.  In  both  cases  energy  must  travel 
through  a  network  and  undergo  several  changes  in  form  before 
it  is  in  the  correct  location  and  form  to  be  useful.    5.17  (a)  The 

system  is  the  well-defined  part  of  the  universe  whose  energy 
changes  are  being  studied,  (b)  A  closed  system  can  exchange 
heat  but  not  mass  with  its  surroundings.    5.19  (a)  Work  is  a 
force  applied  over  a  distance,  (b)  The  amount  of  work  done  is 
the  magnitude  of  the  force  times  the  distance  over  which  it  is 
applied,  w  =  F  X  d.    5.21  (a)  Gravity;  work  is  done  because 
the  force  of  gravity  is  opposed  and  the  pencil  is  lifted,  (b)  Me- 

chanical force;  work  is  done  because  the  force  of  the  coiled 
spring  is  opposed  as  the  spring  is  compressed  over  a  distance. 
5.23  (a)  In  any  chemical  or  physical  change,  energy  can  be  nei- 

ther created  nor  destroyed;  energy  is  conserved,  (b)  The 
internal  energy  (E)  of  a  system  is  the  sum  of  all  the  kinetic  and 
potential  energies  of  the  system  components,  (c)  Internal  ener- 

gy increases  when  work  is  done  on  the  system  and  when  heat 
is  transferred  to  the  system.    5.25  (a)  AE  =  56  kj,  endother- 
mic  (b)  AE  =  0.84  kj,  endothermic  (c)  AE  =  -71.0  kj, 
exothermic    5.27  (a)  Since  no  work  is  done  by  the  system  in 
case  (2),  the  gas  will  absorb  most  of  the  energy  as  heat;  the  case 
(2)  gas  will  have  the  higher  temperature,  (b)  In  case  (2)  w  =  0 
and  q  =  100  J.  In  case  (1)  energy  will  be  used  to  do  work  on  the 
surroundings  (-<(>),  but  some  will  be  absorbed  as  heat  (+q). 
(c)  AE  is  greater  for  case  (2)  because  the  entire  100  J  increases 
the  internal  energy  of  the  system,  rather  than  a  part  of  the  ener- 

gy doing  work  on  the  surroundings.    5.29  (a)  A  state  function 
is  a  property  that  depends  only  on  the  physical  state  (pressure, 
temperature,  etc.)  of  the  system,  not  on  the  route  used  to  get  to 
the  current  state,  (b)  Internal  energy,  is  a  state  function;  heat  is 
not  a  state  function,  (c)  Work  is  not  a  state  function.  The 
amount  of  work  required  to  move  from  one  state  to  another 
depends  of  the  specific  series  of  processes  or  path  used  to  ac- 

complish the  change.    5.31  (a)  AH  is  usually  easier  to  mea- 
sure than  AE  because  at  constant  pressure  AH  =  q.  The  heat 

flow  associated  with  a  process  at  constant  pressure  can  easily 
be  measured  as  a  change  in  temperature,  while  measuring  AE 
requires  a  means  to  measure  both  q  and  w.  (b)  The  process  is 

exothermic.    5.33  (a)  HC2H302(/)  +  2  <D2(g)   >  2  H,0(/)  + 
2C02(g),  AH  =  -871.7  kj 

(b)  HC2H30;(/)  +  2  02(g) 

AH  = 

-871.7  kj 

2H20(/)  +  2C02(g) 

5.35  The  reactant,  2  Cl(g),  has  the  higher  enthalpy. 
5.37  (a)  Exothermic  (bj  -59  kj  heat  transferred  (c)  6.43  g  MgO 
produced  (d)  112  kj  heat  absorbed    5.39  (a)  -13.1  kj 
(b)  —1.14  kf  (c)9.83J    5.41  At  constant  pressure, 
AE  =  AH  -  P  A  V.  The  values  of  either  P  and  AV  or  T  and  A/; 
must  be  known  to  calculate  AE  from  AH.  5.43  AE  =  -97  kj; 
AH  =  -79  kj    5.45  (a)  AH  =  726.5  k)  (b)  AH  =  -1453  kj 
(c)  The  exothermic  forward  reaction  is  more  likely  to  be  ther- 
modynamically  favored,  (d)  Vaporization  is  endothermic.  If 
the  product  were  H20(g),  the  reaction  would  be  more  en- 

dothermic and  would  have  a  smaller  negative  AH. 

5.47  (a)  J/°C  or  J/K  (b)  J  g-  C  or  J/g-K  (c)  To  calculate  heat  ca- 
pacity from  specific  heat,  the  mass  of  the  particular  piece  of 

copper  pipe  must  be  known.    5.49  (a)  4.184  J/g-K 
(b)  75.40  J/mol-°C  (c)  774  J/°C  (d)  904  kj    5.51  3.00  x  104  I 
5.53  AH  =  -45.7kJ/mol  NaOH    5.55  AErxn  =  -25.5  kj/g 
C6H402  or  -2.75  x  103  kj/mol  C6H402    5.57  (a)  Heat  capaci- 

ty of  the  complete  calorimeter  =  14.4  kJ/°C  (b)  5.40°C 
5.59  Hess's  law  is  a  consequence  of  the  fact  that  enthalpy  is  a 
state  function.  Since  AH  is  independent  of  path,  we  can  de- 

scribe a  process  by  any  series  of  steps  that  add  up  to  the  overall 
process.  AH  for  the  process  is  the  sum  of  AH  values  for  the 

steps.    5.61  AH  =  -1300.0  kj    5.63  AH  =  -2.49  x  103  kj 
5.65  (a)  Standard  conditions  for  enthalpy  changes  are  P  =  1  atm 
and  some  common  temperature,  usually  298  K.  (b)  Enthalpy  of 
formation  is  the  enthalpy  change  that  occurs  when  a  compound 
is  formed  from  its  component  elements,  (c)  Standard  enthalpy  of 

formation  AH?  is  the  enthalpy  change  that  accompanies  forma- 
tion of  one  mole  of  a  substance  from  elements  in  their  standard 

states.    5.67(a)  \  N2(g)  +  \  H2(g)   ►  NH3(g),  AH?  =  -46.19  kj 

(b)  S(s)  +  02(g)          S02(g),  AH?  =  -296.9  kj  (c)  Rb(s)  + 
1  C\2(g)  +  \  02(g)   >  RbC103(s),  AH?  =  -392.4  kj  (d)  N2(g) 

+  2  H2(g)  +  I  02(S)   ►  NH4N03(s),  AH°  =  -365.6  kj 
5.69  AHr,n  =  -847.6  kj    5.71  (a)  AH°xn  =  -196.6  kj 
(b)  AHr°xn  =  37.1  kj  (c)  AH°xn  =  -433.7  kj 
(d)  AH°,n  =  -68.3  kj    5.73  AH, 

-248  kj 

5.75  AH°  =  -924.8  kj    5.77  (a)  CgH18(/)  + 

f  02(g)   >  8  C02(<s>)  +  9  H20(g),  AH  =  -5069  kj 
(b)  8  C(s,g)  +  9  H2(g)   >  CgH18(/)  (c)  AH?  =  -255  kj 
5.79  (a)  Fuel  value  is  the  amount  of  heat  produced  when  1  g  of 
a  substance  (fuel)  is  combusted,  (b)  5  g  of  fat    5.81  104  or 

1  X  102  Cal/serving    5.83  59.7  Cal 
5.85  (a)  AHcomb  =  -1850  kj/mol  C3H4,  -1926  kj/mol  C3H6/ 

-2044  kj/mol  Q,HK  (b)  AHcomb  =  -4.616  x  104  kj/kg  C3H4, 
-4.578  /  U)4  kj/kg  C3H5,  -4.635  x  1()4  kj/kg  C,H„  (c)  These 
three  substances  yield  nearly  identical  quantities  of  heat  per 
unit  mass,  but  propane  is  marginally  higher  than  the  other 

two.    5.87  (a)  469.4  m/s  (b)  5.124  x  10  21  J  (c)  3.086  kj/mol 
5.90  The  spontaneous  air  bag  reaction  is  probably  exothermic, 

with  -  AH  and  thus  -q.  When  the  bag  inflates,  work  is  done 
by  the  system,  so  the  sign  of  w  is  also  negative. 

5.93  AH  =  38.95  kj;  AE  =  36.48  kj    5.95  1.8  x  1()4  or  18,000 
bricks.    5.98  4.90  g  CH4    5.101  (a)  AH"  =  -631.1  kj  (b)  3 
mol  of  acetylene  gas  has  greater  enthalpy,  (c)  Fuel  values  are 

50  kj/g  C2H2(g),  42  kj/g  C6H6(/).    5.105  If  all  work  is  used  to 
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increase  the  man's  potential  energy,  the  stair-climbing  uses  58 
Cal  and  will  not  compensate  for  the  extra  order  of  245  Cal  fries. 
(More  than  58  Cal  will  be  required  to  climb  the  stairs,  because 
some  energy  is  used  to  move  limbs  and  some  will  be  lost  as 

heat.)    5.108  (a)  1.479  X  1(T18 J/molecule 
(b)  1  x  10  ̂ J/photon.  The-X  ray  has  approximately  1000 
times  more  energy  than  is  produced  by  the  combustion  of  1 

molecule  of  CH4(g).    5.111  (a)  AH°  for  the  neutralization  of 
the  acids  is  HN03/  -55.8  kj;  HC1,  -56.1  kj;  NH4+,  -4.1  kj. 

(b)  H+(aq)  +  OH~(aq)   >  H20(/)  is  the  net  ionic  equation  for 
the  first  two  reactions,  NH4+(fli/)  +  OH~(aq)   *  NH^aq)  + 
HiO(/)  (c)  The  AH0  values  for  the  first  two  reactions  are  nearly 
identical,  -55.9  kj  and  -56.2  kj.  Since  spectator  ions  do  not 
change  during  a  reaction  and  these  two  reactions  have  the 
same  net  ionic  equation,  it  is  not  surprising  that  they  have  the 

same  AH°.  (d)  Strong  acids  are  more  likely  than  weak  acids  to 
donate  H+.  The  neutralization  of  the  two  strong  acids  is  ener- 

getically favorable,  while  the  third  reaction  is  barely  so.  NH4" 
is  likely  a  weak  acid. 

Chapter  6 
6.2  (a)  No.  Visible  radiation  has  wavelengths  much  shorter 
than  1  cm.  (b)  Energy  and  wavelength  are  inversely  propor- 

tional. Photons  of  the  longer  1  cm  radiation  have  less  energy 
than  visible  photons,  (c)  Radiation  with  A  =  1  cm  is  in  the  mi- 

crowave region.  The  appliance  is  probably  a  microwave  oven. 
6.5  (a)  n  =  1,  n  =  4  (b)  n  =  1,  n  =  2  (c)  In  order  of  increasing 
wavelength  and  decreasing  energy:  (iii)  <  (iv)  <  (ii)  <  (i) 
6.8  (a)  In  the  left-most  box,  the  two  electrons  cannot  have  the 
same  spin,  (b)  Flip  one  of  the  arrows  in  the  left-most  box,  so 
that  one  points  up  and  the  other  down,  (c)  Group  6A 
6.9  (a)  Meters  (b)  1/second  (c)  meters/second    6.11  (a)  True 
(b)  False.  The  frequency  of  radiation  decreases  as  the  wave- 

length increases,  (c)  False.  Ultraviolet  light  has  shorter  wave- 
lengths than  visible  light,  (d)  False.  Electromagnetic  radiation 

and  sound  waves  travel  at  different  speeds.    6.13  Wavelength 
of  X  rays  <  ultraviolet  <  green  light  <  red  light  < 

infrared  <  radio  waves    6.15  (a)  3.14  X  1011  s"1 
(b)  5.45  x  10~' m  =  545  nm  (c)  The  radiation  in  (b)  is  visible, 
the  radiation  in  (a)  is  not.  (d)  1.50  x  104  m 
6.17  6.88  X  1014s_1;blue    6.19  (a)  Quantization  means  that 
energy  can  only  be  absorbed  or  emitted  in  specific  amounts  or 
multiples  of  these  amounts.  This  minimum  amount  of  energy 
is  equal  to  a  constant  times  the  frequency  of  the  radiation  ab- 

sorbed or  emitted;  E  =  hv.  (b)  In  everyday  activities,  macro- 
scopic objects  such  as  our  bodies  gain  and  lose  total  amounts 

of  energy  much  larger  than  a  single  quantum,  hv.  The  gain  or 
loss  of  the  relatively  minuscule  quantum  of  energy  is  unno- 

ticed.   6.21  (a)  4.54  X  10~19J  (b)  4.47  X  10  21  J 
(c)  6.92  x  10~8  m  =  69.2  nm;  ultraviolet  6.23  (a)  A  =  3.3  ̂ m, 
E  =  6.0  X  10~20J;A  =  0.154  nm,  E  =  1.29  x  10"15J  (b)  The 
3.3  nm  photon  is  in  the  infrared  and  the  0.154  nm  photon  is  in 
the  X  ray  region;  the  X  rav  photon  has  the  greater  energy. 

6.25  (a)  6.11  x  1(T19  J/photon  (b)  368  kj/mol 
(c)  1.64  <  1015  photons    6.27  (a)  The  ~1  X  10~h  m  radiation  is 
in  the  inf  rared  portion  of  the  spectrum,  (b)  8.1  x  1016  photons/s 
6.29  (a)  /  mm  =  7.22  X  10~14J  (b)  A  =  275  nm 
(c)  E\2o  =  1  -66  x  10~18  J.  The  excess  energy  of  the  120  nm  pho- ton is  converted  into  the  kinetic  energy  of  the  emitted  electron. 
Ek  =  9.3  X  10     J/electron.    6.31  When  applied  to  atoms,  the 
notion  of  quantized  energies  means  that  only  certain  values  of 
AE  are  allowed  These  are  represented  by  the  lines  in  the  emis- 

sion spectra  of  i  cited  atoms.    6.33  (a)  Emitted  (b)  absorbed 

(c)  emitted    6.35    l  =  -5.45  X  10~19J;E6  =  -0.606  X  10  ̂   J; 

AE  =  4.84  x  10  14  J;  A  =  410  nm;  visible,  violet. 
6.37  (a)  Only  lines  with  n,  =  2  represent  AE  values  and  wave- 

lengths that  lie  in  the  visible  portion  of  the  spectrum.  Lines  with 
rif  =  1  have  shorter  wavelengths  and  lines  with  ttf>2  have 
longer  wavelengths  than  visible  radiation,  (b)  n,  =  3, 

rif  =  2;  A  =  6.56  x  10~7  m;  this  is  the  red  line  at  656  nm. 
n,  =  4,  rif  =  2;  A  =  4.86  x  10~7  m;  this  is  the  blue  line  at  486 
nm.  n,  =  5,  nf  =  2;  A  =  4.34  x  10~7  m;  this  is  the  violet  line  at 
434  nm.    6.39  (a)  Ultraviolet  region  (b)  n,  =  6,ne  =  1 

6.41  (a)  A  =  5.6  x  10~37  m  (b)  A  =  2.65  x  10~34  m 
(c)  A  =  2.3  x  10~nm    6.43  4.14  X  103  m/s 
6.45  (a)  A.v  >4x  10~27m  (b)  Ax  >  3  X  10~1U  m 6.47  (a)  The  uncertainty  principle  states  that  there  is  a  limit  to 
how  precisely  we  can  simultaneously  know  the  position  and 
momentum  (a  quantity  related  to  energy)  of  an  electron.  The 
Bohr  model  states  that  electrons  move  about  the  nucleus  in 

precisely  circular  orbits  of  known  radius  and  energy.  This  vio- 
lates the  uncertainty  principle,  (b)  De  Broglie  stated  that  elec- 
trons demonstrate  the  properties  of  both  particles  and  waves, 

that  each  particle  has  a  wave  associated  with  it.  A  wave  func- 
tion is  the  mathematical  description  of  the  matter  wave  of  an 

electron,  (c)  Although  we  cannot  predict  the  exact  location  of 
an  electron  in  an  allowed  energy  state,  we  can  determine  the 
probability  of  finding  an  electron  at  a  particular  position.  This 
statistical  knowledge  of  electron  location  is  the  probability  densi- 

ty and  is  a  function  of  ¥  ,  the  square  of  the  wave  function  x\' . 
6.49  (a)  n  =  4,  /  =  3,  2,  1,  0  (b)  /  =  2,  m,  =  -2,  -1,  0, 1,  2 
6.51  (a)  3p:  n  =  3, 1  =  1  (b)  2s:  n  =  2,1  =  0  (c)  4/:  n  =  4, 
/  =  3  (d)  5d:  n  =  5,  /  =  2    6.53  (a)  impossible,  \p  (b)  possible 
(c)  possible  (d)  impossible,  2d 

(a)        2  (b)        z  (c)  x 

6.57  (a)  The  hydrogen  atom  Is  and  2s  orbitals  have  the  same 
overall  spherical  shape,  but  the  2s  orbital  has  a  larger  radial  ex- 

tension and  one  more  node  than  the  Is  orbital,  (b)  A  single  2p 
orbital  is  directional  in  that  its  electron  density  is  concentrated 
along  one  of  the  three  Cartesian  axes  of  the  atom.  The  d^—J2- 
orbital  has  electron  density  along  both  the  x-  and  y-axes,  while 
the  px  orbital  has  density  only  along  the  x-axis.  (c)  The  average 
distance  of  an  electron  from  the  nucleus  in  a  3s  orbital  is 

greater  than  for  an  electron  in  a  2s  orbital, 
(d)  Is  <  2p  <  3d  <  4/  <  6s    6.59  (a)  In  the  hydrogen  atom, 
orbitals  with  the  same  principal  quantum  number,  n,  have  the 

same  energy,  (b)  In  a  many-electron  atom,  for  a  given  n  value, 
orbital  energy  increases  with  increasing  /  value:  s  <  p  <  d  <  f 

6.61  (a)  +  \,  —  2  (b)  a  magnet  with  a  strong  inhomogeneous 
magnetic  field  (c)  they  must  have  different  ms  values;  the  Pauli 
exclusion  principle    6.63  (a)  6  (b)  10  (c)  2  (d)  14 

6.65  (a)  Each  box  represents  an  orbital,  (b)  Electron  spin  is  rep- 
resented by  the  direction  of  the  half-arrows,  (c)  No.  In  Be, 

there  are  no  electrons  in  subshells  that  have  degenerate  or- 
bitals, so  Hand's  rule  is  not  used.    6.67  (a)  Cs,  [Xe]6sa  (b)  Ni, 

[Ar]4s23rf8  (c)  Se,  [Ar]4s23tf104p4  (d)  Cd,  [Kr]5s24t/10  (e)  Ac, 
[Rn]7s26rf1  (f)  Pb,  [Xe]6s24/145d106p2    6.69  Mt, 
[Rn]7s25/146d7    6.71  (a)  Mg  (b)  Al  (c)  Cr  (d)  Te 
6.73  (a)  The  fifth  electron  would  fill  the  2p  subshell  before  the 

3s.  (b)  Either  the  core  is  [He],  or  the  outer  electron  configura- 
tion should  be  3s23p3.  (c)  The  2p  subshell  would  fill  before  the 

3d.    6.75  (a)  AA  =  3.6  x  10"8  m,  AB  =  8.0  X  10"8  m 
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(b)fA  =  8.4  x  1015s_1,  fB  =  3.7  x  I015s  1  (c)  A,  ultraviolet; 
B,  ultraviolet    6.77  66.7  min    6.80  263  kj  mol  of  photons 
6.84  (a)  The  Paschen  series  lies  in  the  infrared,  (b)  //,  =  4, 

A  =  1.87  x  10-6  m;  „,  =  5,  A  =  1.28  x  10  6  m;  n,  =  6, 
A  =  1.09  x  10  "m    6.87  v  =  1.02  x  107  m  s    6.90  (a)/  (b)  n 
and  /  (c)  »/„  (d)/»/    6.96  It  mjiad  three  allowed  values  in- 

stead of  two,  each  orbital  would  hold  three  electrons  instead  of 

two.  Assuming  that  there  is  no  change  in  the  n,  I,  and  m\  val- 
ues, the  number  ol  elements  in  eat.  h  of  the  first  foui  rows 

would  be:  1st  row,  3  elements;  2nd  row,  12  elements;  3rd  row, 

12  elements;  4th  row,  27  elements    6.99  1.7  •   1 0~s  photons 
6.103  (a)  Bohr's  theory  was  based  on  the  Rutherford  nuclear 
model  of  the  atom:  a  dense  positive  charge  at  the  center  and  a 

diffuse  negative  charge  surrounding  it.  Bohr's  theory  then  spec- 
ified the  nature  of  the  diffuse  negative  charge.  The  prevailing 

theory  before  the  nuclear  model  was  Thomson's  plum  pudding 
model:  discrete  electrons  scattered  about  a  diffuse  positive 

charge  cloud.  Bohr's  theory  could  not  have  been  based  on  the 
Thomson  model  of  the  atom,  (b)  De  Broglie's  hypothesis  is  that 
electrons  exhibit  both  particle  and  wave  properties.  Thomson's 
conclusion  that  electrons  have  mass  is  a  particle  property,  while 

the  nature  of  cathode  rays  is  a  wave  property.  De  Broglie's  hy- 
pothesis actually  rationalizes  these  two  seemingly  contradictory 

observations  about  the  properties  of  electrons. 

Chapter  7 

7.2  The  billiard  ball  has  a  definite  "hard"  boundary,  while  a 
quantum  mechanical  atom  has  no  definitive  edge.  Billiard  balls 
can  be  used  to  model  nonbonding  interactions,  such  as  Ne 
atoms  colliding,  because  there  is  not  penetration  of  electron 
clouds.  They  are  an  inappropriate  model  for  bonding  interac- 

tions, because  bonding  electron  clouds  do  penetrate  and  the 
bonding  atomic  radius  of  an  atom  is  smaller  than  its  nonbond- 

ing radius.    7.5  The  energy  change  for  the  reaction  is  the  ion- 
ization energy  of  A  plus  the  electron  affinity  of  A. 

7.7  Mendeleev  placed  elements  with  similar  chemical  and 
physical  properties  within  a  family  or  column  of  the  table.  For 
undiscovered  elements,  he  left  blanks.  He  predicted  properties 

for  the  "blanks"  based  on  properties  of  other  elements  in  the 
family  and  on  either  side.    7.9  (a)  Effective  nuclear  charge,  Zeff, 
is  a  representation  of  the  average  electrical  field  experienced  bv 
a  single  electron.  It  is  the  average  environment  created  by  the 
nucleus  and  the  other  electrons  in  the  molecule,  expressed  as  ,i 
net  positive  charge  at  the  nucleus,  (b)  Going  from  left  to  right 
across  a  period,  effective  nuclear  charge  increases. 
7.11  (a)  Z  =  19,  S  =  18,  Zeff  =  Z  -  S  =  1.  (b)  The  valence 
electron  in  K  is  a  4s  electron.  Because  s  electrons  have  finite 
probability  of  being  close  to  the  nucleus,  shielding  of  them  is 
never  perfect  and  calculated  values  of  Zetf  reflect  this. 
7.13  Then  =  3  electrons  in  Kr  experience  a  greater  effective 
nuclear  charge  and  thus  have  a  greater  probability  of  being 
closer  to  the  nucleus.    7.15  Atomic  radii  are  determined  by 
distances  between  atoms  in  various  situations.  Bonding  radii 
are  calculated  from  the  internuclear  separation  of  two  atoms 
joined  by  a  chemical  bond.  Nonbonding  radii  are  calculated 
from  the  internuclear  separation  between  two  gaseous  atoms 
that  collide  and  move  apart  but  do  not  bond.    7.17  1 .37  A 
7.19  From  the  sum  of  the  atomic  radii,  As  —  I  =  2.52  A.  This  is 
very  close  to  the  experimental  value  of  2.55  A.    7.21  (a)  De- 

crease (b)  increase  (c)  F  <  S  <  P  <  As 
7.23  (a)  Be  <  Mg  <  Ca  (b)  Br  <  Ge  <  Ga  (c)  Si  <  Al  <  Tl 
7.25  (a)  Electrostatic  repulsions  are  reduced  by  removing  an 
electron  from  a  neutral  atom,  effective  nuclear  charge  increas- 

es, and  the  cation  is  smaller,  (b)  The  additional  electrostatic  re- 

pulsion produced  bv  adding  an  electron  to  a  neutral  atom  de- 
creases the  effective  nuclear  charge  experienced  by  the  valence 

electrons,  and  increases  the  size  of  the  anion,  (c)  Going  down  a 
column,  valence  electrons  are  further  from  the  nucleus,  and 

they  experience  greater  shielding  by  core  electrons.  The  greater 
radial  extent  of  the  valence  electrons  outweighs  the  increase  in 

Z.    7.27  The  red  sphere  is  a  metal;  its  size  decreases  on  reac- 
tion, characteristic  of  the  change  in  radius  when  a  metal  atom 

forms  a  cation.  The  blue  sphere  is  a  nonmetal;  its  size  increases 
on  reaction,  characteristic  of  the  change  in  radius  when  a  non- 
metal  atom  forms  an  anion.    7.29  (a)  An  isoelectronic  series  is 

a  group  of  atoms  or  ions  that  have  the  same  number  of  elec- 

trons, (b)  (i)  NT  :  Ne  (ii)  Ba2+:  Xe  (iii)  Se:  :  Kr  (iv)  Biv:  Hg 7.31  (a)  Since  the  number  of  electrons  in  an  isoelectronic  series 
is  the  same,  repulsion  and  shielding  effects  are  usually  similar 
for  the  different  particles.  As  Z  increases,  the  valence  electrons 
are  more  strongly  attracted  to  the  nucleus  and  the  size  of  the 

particle  decreases,  (b)  A  2/'  electron  in  Na* 
7.33  (a)Se  <  Se2   <  Te2    (b)  Co3H  <  Fe34  <  Fe2* 
(c)  Ti4"  <  Scv  <  Ca  (d)  Be2*  <  Na'  <  Ne 

7.35  B(x)   ►  B'(x)  +  e";  B'(x)   >  B2+(g)  +  e~; 
B2*(x)   "  B3+(g)  +  e      7.37  (a)  The  electrons  in  any  atom 
are  bound  to  the  atom  bv  the  electrostatic  attraction  to  the  nu- 

cleus. Therefore,  energy  must  be  added  in  order  to  remove  an 
electron  from  an  atom.  The  ionization  energy,  AE  for  this 

process,  is  thus  positive,  (b)  F  has  a  greater  first  ionization  en- 
ergy than  O  because  F  has  a  greater  Zvtt  and  the  outer  electrons 

in  both  elements  are  approximately  the  same  distance  from  the 
nucleus,  (c)  The  second  ionization  energy  of  an  element  is 

greater  than  the  first  because  more  energy  is  required  to  over- 
come the  larger  Zt,ff  of  the  1  +  cation  than  that  of  the  neutral 

atom.    7.39  (a)  The  smaller  the  atom,  the  larger  its  first  ioniza- 
tion energy,  (b)  Of  the  nonradioactive  elements,  He  has  the 

largest,  and  Cs  the  smallest  first  ionization  energy. 

7.41  (a)Ar  (b)  Be  (c)  Co  (d)S  (e)Te    7.43  (a)  Si2' ,  |Ne|3s2 
(b)  BP4,  [Xe]6s24/I45</'"  (c)  Te2  ,  [Kr]3s24t/"V'  or  |Xe] 

(d)  Vv,  [Ar]3,72  (e)  Hg2',  [Xe|4/U5«/ "'  (f)  Ni2+,  [Ar]3rf8 
7.45  (a)  Mn2',  [Ar]3t/\  5  unpaired  electrons  (b)  Si2  , 
[Ne'3s~3/'4,  2  unpaired  electrons    7.47  Ionization  energy: 

Se(g)   >  Se+(g)  +  e";  [Ar]4s23rf104p4   ►  [Ar]4s23d104p3; 
electron  affinity:  Se(g)  +  e   ►  Se  (g); 

[Ar|4s23,f'"4/>4  >  [Ar]4s23d104p5    7.49  Li  +  e      —*  Li"; 
[He]2s1   ►  [Heps2;  Be  +  e      —  Be  ; 
[He]2s_  — »  [He]2s~2/>  .  Adding  an  electron  to  I  i  completes 
the  2s  subshell.  The  added  electron  experiences  essentially  the 
same  effective  nuclear  charge  as  the  other  valence  electron; 
there  is  an  overall  stabilization  ami  A/  is  negative.  An  extra 
electron  in  Be  would  occupy  the  higher  energy  2/'  subshell. 
This  electron  is  shielded  from  the  full  nuclear  charge  by  the  2> 
electrons  and  does  not  experience  a  stabilization  in  energy;  A/ 

is  positive.    7.51  Ionization  energy  of  F  :  F  (g)   ►  F(g)  * 

e  ;  electron  affinity  of  F:  F(g)  +  e~  — »  F  (g).  The  two processes  are  the  reverse  of  each  other.  The  energies  are  equal 

in  magnitude  but  opposite  in  sign.  I  |(F")  =  -£(F).    7.53  The smaller  the  first  ionization  energy  of  an  element,  the  greater 
the  metallic  character  of  that  element.    7.55  (a)  Li  (b)  Na 
(c)  Sn  (d)  Al    7.57  Ionic:  MgO,  Li20,  Y203;  molecular:  S02, 
P2O5,  N20,  XeCV  Ionic  compounds  are  formed  by  combining 
a  metal  and  a  nonmetal;  molecular  compounds  are  formed  by 
two  or  more  nonmetals.    7.59  (a)  An  acidic  oxide  dissolved  in 
water  produces  an  acidic  solution;  a  basic  oxide  dissolved  in 
water  produces  a  basic  solution,  (b)  Oxides  of  nonmetals,  such 
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as  SO-,,  are  acidic;  oxides  of  metals,  such  as  CaO,  are  basic. 
7.61  (a)  Dichlorineseptoxide  (b)  2  Cl2(g)  + 

7  02(g)   »  2Cl20y(/)  (c)  While  most  nonmetal  oxides  we 
have  seen,  such  as  CO2  or  SO2,  are  gases,  a  boiling  point  of 

81°C  is  not  totally  unexpected  for  a  large  molecule  like  CI2O7. 
(d)  CKOy  is  an  acidic  oxide,  so  it  will  be  more  reactive  to  base, 

OH".    7.63  (a)  BaO(s)  +  H20(/)   »  Ba(OH)2(fl(?) 
(b)  FeO(s)  +  2  HC104(fl<7)   »  Fe(C104)2(rt(?)  +  H20(/) 
(c)  S03(g)  +  HzO(/)   *  H2SO4H) 
(d)  C02(g)  +  2  NaOH(^)   »  Na2C03(^)  +  H20(/) 
7.65  (aj  Na,  [Ne]3s];  Mg,  [Ne]3s2  (b)  When  forming  ions,  both 
adopt  the  stable  configuration  of  Ne;  Na  loses  one  electron  and 
Mg  two  electrons  to  achieve  this  configuration,  (c)  The  effec- 

tive nuclear  charge  of  Mg  is  greater,  so  its  ionization  energy  is 
greater,  (d)  Mg  is  less  reactive  because  it  has  a  higher  ioniza- 

tion energv.  (e)  The  atomic  radius  of  Mg  is  smaller  because  its 
effective  nuclear  charge  is  greater.    7.67  (a)  Ca  is  more  reac- 

tive because  it  has  a  lower  ionization  energy  than  Mg.  (b)  K  is 
more  reactive  because  it  has  a  lower  ionization  energv  than  Ca. 

7.69  (a)  2  K(s)  +  C\2(g)   >  2  KCl(s)  (b)  SrO(s)  + 
H.O(/)   »  Sr(OH),(rtl?)  (c)  4  Li(s)  +  02(g)   ►  2  Li20(s) 
(d)  2  Na(s)  +  S(/)   >  Na2S(s)    7.71  H,  Is1;  Li,  [He]2s];  F, 
[He]2s22p5.  Like  Li,  H  has  only  one  valence  electron,  and  its 
most  common  oxidation  number  is  +1.  Like  F,  H  needs  only 
one  electron  to  adopt  the  stable  electron  configuration  of  the 
nearest  noble  gas;  both  H  and  F  can  exist  in  the  -1  oxidation 
state.    7.73  (a)  F,  [He]2s22;>5;  CI,  [Ne]3s23p5  (b)  F  and  CI  arein 
the  same  group,  and  both  adopt  a  1  -  ionic  charge,  (c)  The  2p 
valence  electrons  in  F  are  closer  to  the  nucleus  and  more  tightly 
held  than  are  the  3p  electrons  of  CI,  so  the  ionization  energy  of 
F  is  greater,  (d)  The  high  ionization  energy  of  F  coupled  with  a 
relatively  large  exothermic  electron  affinity  makes  it  more  reac- 

tive than  CI  toward  H2O.  (e)  While  F  has  approximately  the 
same  effective  nuclear  charge  as  CI,  its  small  atomic  radius 
gives  rise  to  large  repulsions  when  an  extra  electron  is  added, 
so  the  overall  electron  affinity  of  F  is  less  exothermic  than  that 
of  CI.  (f)  The  2p  valence  electrons  in  F  are  closer  to  the  nucleus 
so  the  atomic  radius  is  smaller  than  that  of  CI.    7.75  Under 
ambient  conditions,  the  group  8A  elements  are  all  gases  that 

are  extremely  unreactive,  so  the  name  "inert  gases"  seemed  ap- 
propriate. It  is  inappropriate  because  both  Xe  and  Kr  have  been 

found  to  react  with  substances  having  a  strong  tendency  to 

remove  electrons,  such  as  F2.    7.77  (a)  2  03(?)   »  3  02(g) 

(b)  Xe(g)  +  F2(g)   >  XeF2(g);  Xe(g)  +  2  F2(g)   >  XeF4(s); 
Xe(s)  +  3  ¥2{g)   >  XeF6(s)  (c)  S(s)  +  H2(g)   >  H2S(g) 
(d)  2  ¥2{g)  +  2  H20(/)   >  4  H¥(aq)  +  02(g)    7.79  Up  to 
Z  =  82,  there  are  three  instances  where  atomic  weights  are  re- 

versed relative  to  atomic  numbers:  Ar  and  K;  Co  and  Ni;  Te 
and  I.  In  each  case  the  most  abundant  isotope  of  the  element 
with  the  larger  atomic  number  has  one  more  proton,  but 
fewer  neutrons  than  the  element  with  the  smaller  atomic 
number.  The  smaller  number  of  neutrons  causes  the  element 

with  the  larger  Z  to  have  a  smaller  than  expected  atomic 
weight.    7.81  (a)  4s  (b)  Because  s  electrons  have  a  greater 
probability  of  being  close  to  the  nucleus,  they  experience 
less  shielding  than  p  electrons  with  the  same  ̂ -value. 
Zeff  =  Z  -  S  and  Z  is  the  same  for  all  electrons  in  As.  If  S  is 
smaller  for  4s  than  4p,  Zett  will  be  greater  for  4s  electrons  and 
they  will  have  lower  energy.    7.85  Moving  across  the  repre- 

sentative elements,  electrons  added  to  ns  or  np  valence  or- 
bitals  do  not  effectively  screen  each  other.  The  increase  in  Z  is 
not  accompanied  by  a  similar  increase  in  S.  Zeff  increases  and 
atomic  size  decreases.  Moving  across  the  transition  elements, 

electrons  are  added  to  (;/  -  1  )d  orbitals,  which  do  significant- 
ly screen  the  ns  valence  electrons.  The  increase  in  Z  is  accom- 

panied by  a  corresponding  increase  in  5.  Z,,ff  increases  more 
slowly  and  atomic  size  decreases  more  slowly. 
7.88  The  completed  4/  subshell  in  Hf  leads  to  a  much  larger 
change  in  Z  and  Zeff  going  from  Zr  to  Hf  than  in  going  from  Y 
to  La.  This  larger  increase  in  Zt.ff  going  from  Zr  to  Hf  leads  to 
a  smaller  increase  in  atomic  radius  than  in  going  from  Y  to 
La.    7.91  /]  through  /4  represent  loss  of  the  2p  and  2s  elec- 

trons from  the  outer  shell  of  the  atom.  Z  is  constant  while  re- 
moval of  each  electron  reduces  repulsion  between  the 

remaining  electrons,  so  Zeff  increases  and  /  increases.  1$  and  /A 
represent  loss  of  the  Is  core  electrons.  These  electrons  are 
closer  to  the  nucleus  and  experience  the  full  nuclear  charge, 
so  the  values  of    and  /6  are  significantly  greater  than  /]  -  /4. 
4  is  larger  than  /5  because  all  electron-electron  repulsion  has been  eliminated. 
7.94 

O,  [He]2s22p4 

11    1  1  1 

2s 

2p 

Ol",  [He]2sz2/76  =  [Ne]     |UJ 1 11  [  U  [  U 
2s 

2p 

O3",  [Ne]3s' The  third  electron  would  be 
added  to  the  3s  orbital,  which  is 
farther  from  the  nucleus  and 

more  strongly  shielded  by  the 
[Ne]  core.  The  overall  attraction 
of  this  3s  electron  for  the  oxy- 

gen nucleus  is  not  large  enough 

for  O3-  to  be  a  stable  particle. 
7.96  (a)  The  group  2B  metals  have  complete  (n  -  1  )d  sub- 
shells.  An  additional  electron  would  occupy  an  np  subshell  and 

be  substantially  shielded  by  both  ns  and  {n  —  \)d  electrons. 
This  is  not  a  lower  energy  state  than  the  neutral  atom  and  a 
free  electron,  (b)  Group  IB  elements  have  the  generic  electron 
configuration  ns  (n  -  l)d  .  An  additional  electron  would 
complete  the  ns  subshell  and  experience  repulsion  with  the 
other  ns  electron.  Going  down  the  group,  size  of  the  ns  subshell 
increases  and  repulsion  effects  decrease,  so  effective  nuclear 
charge  increases  and  electron  affinities  become  more  negative. 
7.99  O2  <  Br2  <  K  <  Mg.  O2  and  Br2  are  nonpolar  non- 
metals.  O2,  with  the  much  lower  molar  mass,  should  have  the 
lower  melting  point.  K  and  Mg  are  metallic  solids  with  higher 
melting  points  than  the  two  nonmetals.  Since  alkaline  earth 
metals  are  typically  harder,  more  dense,  and  higher  melting 
than  alkali  metals,  Mg  should  have  the  highest  melting  point 
of  the  group.  This  order  of  melting  points  is  confirmed  by  data 
in  Tables  7.4,  7.5,  7.6,  and  7.7.    7.103  Chlorine  and  bromine  are 
much  closer  in  ionization  energy  and  electron  affinity  to  carbon 

than  they  are  to  the  metals.  Carbon  has  a  much  greater  tenden- 
cy than  a  metal  to  keep  its  own  electrons  and  at  least  some  at- 

traction for  the  electrons  of  other  elements.  Carbon  is  unlikely 

to  form  a  simple  cation,  so  compounds  of  carbon  and  the  halo- 
gens are  molecular,  rather  than  ionic.    7.105  (a)  Li,  [He]2s]; 

Zeff  ft  1+.  (b)  J]  ft  5.45  X  10"19  J/atom  ft  328  kj/mol  (c)  The 
estimated  value  of  328  kj/mol  is  less  than  the  Table  7.4  value  of 
520  kj/mol.  Our  estimate  for  Zeff  was  a  lower  limit;  the  [He] 
core  electrons  do  not  perfectly  shield  the  2s  electron  from  the 

nuclear  charge,  (d)  Based  on  the  experimental  ionization  ener- 
gy, Zetf  =  1.26.  This  value  is  greater  than  the  estimate  from 

part  (a),  which  is  consistent  with  the  explanation  in  part  (c). 

7.108  (a)  Mg3N2  (b)  Mg3N2(s)  +  3  H20(/)   *  3  MgO(s)  + 
2  NH3(g);  the  driving  force  is  the  production  of  NH3(g) 

(c)  17%  Mg3N2  (d)  3  Mg(s)  +  2  NH3(£)   ►  Mg3N2(s)  + 
3  H2(g).  NH3  is  the  limiting  reactant  and  0.46  g  H2  are  formed, 

(e)  AH°xn  =  -368.70  kj 
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Chapter  8 
8.2  (a)  No.  Aj  and  A2  have  like  charges  and  repel  each  other, 
(b)  A|Z] .  Lattice  energy  increases  as  ionic  charge  increases  and 
decreases  as  inter-ionic  distance  increases.  These  ions  all  have  the 
same  magnitude  of  charge;  A]  and  Z\  have  the  smallest  radii  and 
their  combination  leads  to  the  largest  lattice  energy,  (c)  A2X:  has 
the  smallest  lattice  energy,  because  it  has  the  largest  inter-ionic 
distance.    8.5  (a)  Moving  from  left  to  right  along  the  molecule, 
the  first  C  needs  2  H  atoms,  the  second  needs  1,  the  third  needs 
none  and  the  fourth  needs  1.  (b)  In  order  of  increasing  bond 
length:  3  <  1  <2  (c)  In  order  of  increasing  bond  enthalpy: 
2  <  1  <  3    8.7  (a)  Valence  electrons  are  those  that  take  part  in 
chemical  bonding.  This  usually  means  the  electrons  beyond  the 
core  noble-gas  configuration  of  the  atom,  although  it  is  sometimes 
only  the  outer-shell  electrons,  (b)  A  nitrogen  atom  has  5  valence 
electrons,  (c)  The  atom  (Si )  has  4  valence  electrons. 

8.9  P,  ]s22s22/>'\3s23/;  \  A  3s  electron  is  a  valence  electron;  a  2s 
(or  Is)  electron  is  a  nonvalence  electron.  The  3s  valence  electron 
is  involved  in  chemical  bonding,  while  the  2s  or  Is  nonvalence 

electron  is  not.    8.11  (a)  -Ah     (b)  : Br :    (c)  :AV:     (d)  -s'r 

8.13  Mg  +  -6:  *  Mg2"  +  feT 

8.15  (a)AlF3  (b)K2S  (c)  Y203  (d)  MgsN2    8.17  (a)Sr2+, 

[Ar]4s23d104p6  =  [Kr],  noble-gas  configuration  (b)Ti2', 
[Ar]3rf2  (c)Se2  ,  [Ar]4s23d104p6  -  [Kr],  noble-gas  configura- 

tion (d)  Ni2',  [Ar]3,fs  (e)  Br  ,  [ Ar]4s23</'"4//1  =  [Kr),  noble-gas 
configuration  (0  Mn1' ,  [Ar]3if4   8.19  (a)  Lattice  energy  is  the  en- 

ergy required  to  totally  separate  one  mole  of  solid  ionic  com- 
pound into  its  gaseous  ions,  (b)  The  magnitude  of  the  lattice 

energy  depends  on  the  magnitudes  of  the  charges  of  the  two  ions, 
their  radii  and  the  arrangement  of  ions  in  the  lattice.    8.21  KF, 
808  kj/mol;  CaO,  3414  kj/mol;  ScN,  7547  kj/mol.  The  interionic 
distances  in  the  three  compounds  are  similar.  For  compounds 
with  similar  ionic  separations,  the  lattice  energies  should  be  relat- 

ed as  the  product  of  the  charges  of  the  ions.  The  lattice  energies 
above  are  approximately  related  as  1 : 4 : 9.  Slight  variations  are 
due  to  the  small  differences  in  ionic  separations.    8.23  Since  the 
ionic  charges  are  the  same  in  the  two  compounds,  the  KBr  and 
CsCl  separations  must  be  approximately  equal.    8.25  The  large 

attractive  energy  between  oppositely  charged  Ca~'  and  O2  more 
than  compensates  for  the  energy  required  to  form  Ca2+  and  O2 
from  the  neutral  atoms.    8.27  The  lattice  energy  of  RbCl(s)  is 
+692  kj/mol.  This  value  is  smaller  than  the  lattice  energy  for 

NaCl  because  Rb+  has  a  larger  ionic  radius  than  Na  1  and  there- 
fore cannot  approach  CP  as  closely  as  Na+  can. 8.29  (a)  A  covalent  bond  is  the  bond  formed  when  two  atoms  share 

one  or  more  pairs  of  electrons,  (b)  Any  simple  compound  whose 
component  atoms  are  nonmetals,  such  as  H2,  S02,  and  CC14,  are 
molecular  and  have  covalent  bonds  between  atoms,  (c)  Covalent, 
because  it  is  a  gas  at  room  temperature  and  below. 
8.31  .q. 

:C1  — Si— Ci: 

:q: 

8.33  0=0  (b)  A  double  bond  is  required  because  there  are 
not  enough  electrons  to  satisfy  the  octet  rule  with  single  bonds 
and  unshared  pairs,  (c)  The  greater  the  number  of  shared  elec- 

tron pairs  between  two  atoms,  the  shorter  the  distance  between 
the  atoms.  An  0  =  0  double  bond  is  shorter  than  an  O  —  O  sin- 

gle bond.    8.35  (a)  Electronegativity  is  the  ability  of  an  atom  in  a 
molecule  to  attract  electrons  to  itself,  (b)  The  range  of  electroneg- 

ativities on  the  Pauling  scale  is  0.7—1.0.  (c)  Fluorine  is  the  most 

electronegative  element,  (d)  Cesium  is  the  least  electronegarh  e 
element  that  is  not  radioactive.    8.37  (a)  Br  (b)C  (c)P  (d)  Be 

8.39  The  bonds  in  (a),  (c),  and  (d)  are  polar.  The  more  electroneg- 
ative element  in  each  polar  bond  is:  (a)  F  (c)  O  (d)  I    8.41  The 

calculated  charge  on  H  and  F  is  0.41c.    8.43  (a)  Mn02,  ionic 
(b)  P2S-„  covalent  (c)  CoO,  ionic  (d)  copper(I)  sulfide,  ionic 
(e)  chlorine  trifluoride,  covalent  (f)  vanadium(V)  fluoride,  ionic 

8.45(a)         H         (b):C==o:  (C):E  — S  — F  = 

H  — Si  — H 
id! H 

:Q: 
..       I  .. :Q— S— O  —  H 

■o- 

(e) 

[:6-Cl-6:]  (t)H
-N-6-H 

1  I 

I  I 

8.47  (a)  Formal  charge  is  the  charge  on  each  atom  in  a  molecule, 
assuming  all  atoms  have  the  same  electronegativity,  (b)  For- 

mal charges  are  not  actual  charges.  They  are  a  bookkeeping 
system  that  assumes  perfect  covalency,  one  extreme  for  the 
possible  electron  distribution  in  a  molecule,  (c)  Oxidation 
numbers  are  a  bookkeeping  system  that  assumes  the  more 
electronegative  element  holds  all  electrons  in  a  bond.  The  true 
electron  distribution  is  some  composite  of  the  two  extremes. 
8.49  Formal  charges  are  shown  on  the  Lewis  structures;  oxida- 

tion numbers  are  listed  below  each  structure. 

<^[:N^O:]-  (b) 

N,  +3;  O,  -2 

((  I 

i:Q— CI— O: 

:Q: 

-l 

CI,  +7;G,  -2 

:o: 

o:Q— P— C):o 

:g: 

b" 

P,  +5;  CI,  -1;0,  -2 

n  (d) =6— ci— 6— h 

•■    I   ;;  o 

=  Q: 

I 

CI,  +5;H,  I  1;0,  2 

8.51  (a)[o=N— O:] [:b— N=6] 

(b)  O3  is  isoelectronic  with  NQ2  ;  both  have  18  valence  elec- 
trons, (c)  Since  each  N  — O  bond  has  partial  double-bond 

character,  the  N  —  O  bond  length  in  N02   should  be  shorter 
than  m  species  with  formal  N  -  -  O  single  bonds.    8.53  I  he 
more  electron  pairs  shared  by  two  atoms,  the  shorter  the  bond. 
Thus,  the  C  —  O  bond  lengths  vary  in  tin-  order 
CO  <  C02  <  COr  .    8.55  (a)  Two  equally  valid  Lewis  struc- 

tures can  be  drawn  for  benzene. 

The  concept  of  resonance  dictate's  that  the  true  description  ol 
bonding  is  some  hybrid  or  blend  of  these  two  Lewis  structures. 
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The  most  obvious  blend  of  these  two  resonance  structures  is  a 

molecule  with  six  equivalent  C  —  C  bonds  with  equal  lengths, 
(b)  In  order  for  the  six  C  —  C  bonds  in  benzene  to  be  equiva- 

lent, each  must  have  some  double-bond  character.  That  is, 
more  than  one  pair  but  fewer  than  two  pairs  of  electrons  are  in- 

volved in  each  C  —  C  bond.  This  model  predicts  a  uniform 
C —  C  bond  length  that  is  shorter  than  a  single  bond  but  longer 
than  a  double  bond.    8.57  (a)  The  octet  rule  states  that  atoms 
will  gain,  lose,  or  share  electrons  until  they  are  surrounded  by 
eight  valence  electrons,  (b)  The  octet  rule  applies  to  the  indi- 

vidual ions  in  an  ionic  compound.  For  example,  in  MgCN,  Mg 

loses  2  e   to  become  Mg-f  with  the  electron  configuration  of 
Ne.  Each  CI  atom  gains  one  electron  to  form  CP  with  the  elec- 

tron configuration  of  Ar.    8.59  The  most  common  exceptions 
to  the  octet  rule  are  molecules  with  more  than  eight  electrons 
around  one  or  more  atoms. 
8.61 

a) 

:0— S— O: 

:0: 

Other  resonance  structures 
that  violate  the  octet  rule 
can  be  drawn,  but  the 
single  best  structure,  the 
one  shown  here,  obeys 
the  octet  rule 

(b)  H  — Al  — H 
I  I 

6  electrons  around  Al 

(c)    :N  =  N  —  N: 

(d)  :Cl: 

:C1— C— H 

II 

(e) 

:N— N=N:J 

:N=N  =  N: 

:|  : 

:F  — Sb 

:]  : 
I  : 

I  : 
8.63  (a) 

:CI  — Be  — 

10  electrons  around  Sb 

q.  this  structure  violates  the  octet  rule. 

(b)  Cl  =  Be=Cl :C1  —  Be  =  Cl Cl=Be— Ci: 

(c)  Since  formal  charges  are  minimized  on  the  structure  that  vio- 
lates the  octet  rule,  this  form  is  probably  most  important.  This  is  a 

different  conclusion  than  for  molecules  that  have  resonance  struc- 
tures with  expanded  octets  that  minimize  formal  charge. 

8.65  (a)  AH  =  -304  kj  (b)  AH  =  -82  k]  (c)  AH  =  -467  kj 
8.67  (a)  AH  =  -321  kj  (b)  AH  =  -103  kj  (c)  AH  =  -203  kj 
8.69  (a)  Exothermic  (b)  The  AH  calculated  from  bond  enthalpies 

(  -c<7  kj)  is  slightly  more  exothermic  (more  negative)  than  that  ob- 
tained using  AHj  values  (-92.38  kj).    8.71  The  average  Ti  —  CI 

bond  enthalpy  is  430  kj/mol.    8.73  (a)  Six  (nonradioactive)  el- 
ements. Yes,  they  are  in  the  same  family,  assuming  H  is  placed 

with  the  alkali  metals.  The  Lewis  symbol  represents  the  num- 
ber ol  \  alence  electrons  of  an  element,  and  all  elements  in  the 

same  family  have  the  same  number  of  valence  electrons.  By  de- 
finition of  a  family,  all  elements  with  the  same  Lewis  symbol 

must  be  in  the  same  family.    8.75  (a)  779  kj/mol 
(b)  h27  kj/mol  (c)  2195  kj/mol    8.78  (a)  A  polar  molecule  has 
a  measurable  dij  >  >le  moment  while  a  nonpolar  molecule  has  a 
zero  net  dipole  moment,  (b;  Yes.  If  X  and  Y  have  different  elec- 

tronegativities, thi>  electron  density  around  the  more  electroneg- 
ative atom  will  be  greater,  producing  a  charge  separation  or  di- 

pole in  the  molecule,  (c)  The  dipole  moment,  /x,  is  the  product 
of  the  magnitude  of  the  separated  charges,  Q,  and  the  distance 
between  them,  r.  fx  =  Qr 
8.81  (a)  H  «  H  H         ,f\l  H 

:N 

( 

.N: 

:N 

N: 

1 1 

C" 

H 

The  structures  shown  here  minimize  formal  charges  on  the 
atoms,  (b)  Carbon-nitrogen  bond  distances  should  be  in  the 
range  1 .40-1 .41  A,  intermediate  between  C  —  N  and  C  =  N 
bonds.    8.84  (a) +1  (b) -1  (c) +1  (assuming  the  odd  electron 
is  on  N)  (d)  0  (e)  +3    8.87  AH  is  +42  kj  for  the  first  reaction 
and  -200  kj  for  the  second.  The  latter  is  much  more  favorable 
because  the  formation  of  2  mol  of  O  —  H  bonds  is  more 
exothermic  than  the  formation  of  1  mol  of  H  —  H  bonds. 
8.90  (a)  q. 

\ 

II \ 

H""
 

;i  >: 
•c- 

1 1 

1 1 

•   "N^     ̂        N  * 

:0:    H       H  :0: 

(b)  Each  terminal  0  =  N  —  O  group  has  two  possible  place- 
ments for  the  N  =  0;  this  leads  to  8  resonance  structures  with 

the  carbon-nitrogen  framework  shown  in  (a).  Structures  with 
N  =  N  can  be  drawn,  but  these  do  not  minimize  formal  charge. 
There  are  7  resonance  structures  with  one  or  more  N  =  N,  for  a 
total  of  15  resonance  structures,  (c)  C3H6N606(s)   *  3  CO(g) 

+  3  N2(g)  +  3  H20(g)  (d)  According  to  Table  8.4,  N  — N  single 
bonds  have  the  smallest  bond  enthalpy  and  are  weakest, 
(e)  The  enthalpy  of  decomposition  for  the  resonance  structure 
in  (a)  is  -1668  kj/mol  C3HbN606.  For  the  resonance  structure 
with  3  N  =  N  and  6  N  —  O  bonds,  AH  =  -2121  kj/mol.  The 
actual  value  is  somewhere  between  these  two  values.  The  en- 

thalpy change  for  5.0  g  of  RDX  is  then  in  the  range  38-48  kj. 
8.93  (a)  1.77  A  (b)  1.75-1.76  A  (c)  The  resonance  structures  for 
SOt  indicate  that  the  sulfur-oxygen  bond  is  intermediate  between 
a  double  and  single  bond,  so  the  bond  length  of  1.43  A  should  be 
significantly  shorter  than  the  single  bond  distance  of  1.75  A. 

(d)     s— s  s— s 
:s: 

:S- 

:S:  :S: 
\..  ../ 
S— S 

:S: 

:S: 

\  S— S 

:S; 

:S: 

In  order  to  rationalize  the  sulfur-oxygen  bond  distance  of  1.48 
A,  a  resonance  structure  with  S  =  0  must  contribute  to  the  true 
structure.  The  sulfur  atom  attached  to  oxygen  in  this  resonance 
structure  has  more  than  an  octet  of  electrons  and  violates  the 

octet  rule.    8.94  (a)  Ti2+,  [Ar]3d2;  Ca,  [Ar]4s2.  The  2  valence 
electrons  in  Ti~+  and  Ca  are  in  different  principal  quantum  lev- 

els and  different  subshells.  (b)  In  Ca  the  4s  is  lower  in  energy 

than  the  3d,  while  in  Ti-*  the  3</  is  lower  in  energy  than  the  4s. 
(c)  There  is  only  one  4s  orbital,  so  the  2  valence  electrons  in  Ca 
are  paired;  there  are  5  degenerate  3d  orbitals,  so  the  2  valence 
electrons  in  Ti"+ are  unpaired.    8.97  (a)  A,  In^S;  B,  InS;  C, 

In2S3  (b)  A,  ln(I);  B,  In(II);  C,  In(III)  (c)  In(I),  [Kr]5s24tf10;  In(II), 
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IKr^sUi/10;  In(III),  [Kr]4d10.  None-  of  these  are  noble-gas  con- 
figurations, (d)  In(III)  in  compound  C  has  the  smallest  ionic 

radius.  Removing  successive  electron::,  from  an  atom  reduces 
electron  repulsion,  increases  the  effective  nuclear  charge  expe- 

rienced by  the  valence  electrons  and  decreases  the  ionic  radius, 
(e)  Lattice  energy  increases  as  ionic  charge  increases  and  as 
inter-ionic  distance  decreases.  Only  the  charge  and  si/e  oi  In 
changes  in  the  three  compounds.  In( I )  in  compound  A  has  the 
lowest  charge  and  largest  ionic  radius,  so  compound  A  has  the 
smallest  lattice  energy  and  lowest  melting  point.  Compound  C 
has  the  largest  lattice  energy  and  highest  melting  point. 
8.100  (a)  A/ide  ion  is  N-t.  (b)  Resonance  structures  with  for- 

mal charges  are  shown. 

:N  = :N  = ■  I =N: 
:N  =  N  — N: 

:N  — N  =  N: 

(c)  The  left  structure  minimizes  formal  charges  and  is  probably 

the  main  contributor,  (d)  The  N  —  N  distances  will  be  equal,  and 
have  the  approximate  length  of  a  N  —  N  double  bond,  1 .24  A. 
8.104  (a)  Ml      1551  k]  (b)  AH  -  L394  k|  (c)A//  =  1353  kj 

Chapter  9 

9.3  (a)  Square  pyramidal  (b)  Yes,  there  is  one  nonbonding  elec- 
tron domain  on  A.  If  there  were  only  the  5  bonding  domains,  the 

shape  would  be  trigonal  bipyramidal.  (c)  Yes.  If  the  B  atoms  are 

halogens,  A  is  also  a  halogen.    9.6  90°:  sp  d  or  sp  d  ;  109.5  :  sp  '; 
120°:  sp  or  sp  d    9.9  (a)  i,  Formed  by  two  s  atomic  orbitals;  ii, 
<r-type  MO;  iii,  antibonding  MO  (b)  i,  formed  by  two  p  atomic 
orbitals  overlapping  end-to-end;  ii,  rr-type  MO;  iii,  bonding  MO 
(c)  i,  formed  by  two  />  atomic  orbitals  overlapping  side-to-side; 
ii,  7r-type  MO;  iii,  antibonding  MO    9.11  fa)  Yes.  The  bond  angle 
specifies  the  shape  and  the  bond  length  tells  the  size,  (b)  Yes.  The 
only  possible  bond  angles  in  this  arrangement  are  12(1  angles 
9.13  (a)  An  electron  domain  is  a  region  in  a  molecule  where  elec  - 

trons are  most  likely  to  be  found,  (b)  Like  the  balloons  in  Figure 
9.5,  each  electron  domain  occupies  a  finite  volume  of  space,  so 
they  also  adopt  an  arrangement  where  repulsions  are  minimized. 
9.15  (a)  Trigonal  planar  (b)  tetrahedral  (c)  trigonal  bipyramidal 
(d)  octahedral    9.17  The  electron-domain  geometry  indicated  by 
VSEPR  describes  the  arrangement  of  all  bonding  and  nonbond- 

ing electron  domains.  The  molecular  geometry  describes  just  the 
atomic  positions.  In  H20  there  are  4  electron  domains  around 
oxygen,  so  the  electron-domain  geometry  is  tetrahedral.  Because 
there  are  2  bonding  and  2  nonbonding  domains,  the  molecular 
geometry  is  bent.    9.19  (a)  Tetrahedral,  tetrahedral  (b)  trigonal 
bipyramidal,  T-shaped  (c)  octahedral,  square  pyramidal 
9.21  (a)  Tetrahedral,  trigonal  pyramidal  (b)  trigonal  planar,  trig- 

onal planar  (c)  trigonal  bipyramidal,  T-shaped  (d)  tetrahedral, 
tetrahedral  (e)  trigonal  bipyramidal,  linear  (f)  tetrahedral,  bent 
9.23  (a)  i,  trigonal  planar;  ii,  tetrahedral;  iii,  trigonal  bipyramidal 
(b)i,0;ii,  I;  iii,  2  (c)NandP  (d)  CI  (of  Br  or  I).  This  T-shaped 
molecular  geometry  arises  from  a  trigonal  bipyramidal  electron- 
domain  geometry  with  2  nonbonding  domains.  Assuming  each  F 
atom  has  3  nonbonding  domains  and  forms  only  single  bonds 
with  A,  A  must  have  7  valence  electrons  and  be  in  or  below  the 

third  row  of  the  periodic  table  to  produce  these  electron-domain 
and  molecular  geometries.    9.25  (a)  1-109°,  2-109°  (b)  3-109  , 
4-109°  (c)  5-180°  (d)  6-120°,  7-109°,  8-109°    9.27  Each  species 
has  4  electron  domains,  but  the  number  of  nonbonding  domains 

decreases  from  2  to  0,  going  from  NEE~  to  NH4  1 .  Since  non- 
bonding  domains  exert  greater  repulsive  forces  on  adjacent  do- 

mains, the  bond  angles  expand  as  the  number  ot  nonbonding  do- 
mains decreases.    9.29  (a)  Although  both  ions  have  4  bonding 

electron  domains,  the  6  total  domains  around  Br  require  octahe- 
dral domain  geometry  and  square-planar  molecular  geometry, 

while  the  4  total  domains  about  B  lead  to  tetrahedral  domain  and 

molecular  geometry,  (b)  CF4  will  hav  e  bond  angles  closest  to  the 
value  predicted  bv  VSEPR  because  there  are  no  nonbonding  elec- 

tron domains  around  C.  In  SF4  the  single  nonbonding  domain 

will  enter  into  more  repulsiv  e  interactions,  "push  back"  the bonding  domains,  and  lead  to  bond  angles  that  are  nonideal. 

9.31  Yes.  The  dipole  moment  vector  points  along  the  O  —  S  —  O 
angle  bisector  with  the  negative  end  of  the  dipole  pointing  away 
from  the  S  atom.    9.33  (a)  In  Exercise  c'.23,  molecules  (ii)  and  (iii) 
will  have  nonzero  dipole  moments.  Molecule  (i)  has  no  nonbond- 

ing electron  pairs  on  A,  and  the  3  A  —  F  bond  dipoles  are  orient- 
ed so  that  they  cancel.  Molecules  (ii)  and  (iii)  have  nonbonding 

electron  pairs  on  A  and  their  bond  dipoles  do  not  cancel,  (b)  In 
Exercise  9.24,  molecules  (i)  and  (ii)  have  a  zero  dipole  moment. 
9.35  (b)  NEE,  (c)  SF4,  and  (e)  CI  I  ,Br  are  polar.    9.37  The  middle 
isomer  has  a  zero  net  dipole  moment.    9.39  (a)  Orbital  overlap  oc- 

curs when  valence  atomic  orbitals  on  two  adjacent  atoms  share 
the  same  region  of  space,  (b)  In  valence-bond  theorv,  orbital 
overlap  allows  two  bonding  electrons  to  mutually  occupv  the 
space  between  the  bonded  nuclei,  (c)  Valence-bond  theory  is  a 
combination  of  the  atomic  orbital  concept  and  the  I  ewis  model 

of  electron-pair  bonding.    9.41  (a)  H  —  Mg —  H,  linear  electron 
domain  and  molecular  geometry  (b)  The  Mg  atom  has  2  elec- 

trons in  its  2s  orbital;  these  electrons  are  paired.  Without  promo- 
tion, Mg  has  no  unpaired  electrons  available  to  form  bonds  with 

H.  (c)  The  linear  electron  domain  geometry  in  MgH;  requires  sp 

hybridization,  (d)  9.43  (a)  sp,  1 80   (b)  sp3,  109° 

(c)  sp2,  120°  (d)  sp3d2,  90°  and  ISO   (e)  sp3d,  90  ,  120  ,  and  ISO' 
9.45  (a)  B,  [He]2s22p1.  One  2s  electron  is  promoted  to  an 
empty  2p  orbital.  The  2s  and  two  2/'  orbitals  that  each  con- 

tain one  electron  are  hybridized  to  form  three  equiv  alent 
hybrid  orbitals  in  a  trigonal  planar  arrangement,  (b)  sp 

(d)  A  single  2/' orbital  is  unhybridized.  It  lies  perpendicular  to 
the  trigonal  plane  of  the  sp  hybrid  orbitals 

9.47  (a)  s/r  (b)sp3  (c)sp  (d) sp3d  (e)  sp3d2 949  <a>  O'CDO  (b) 

(c)  A  <r  bond  is  generally  stronger  than  a  tt  bond  because  there 
is  more  extensive  orbital  overlap. 4.  si (a) 

I  I 

H— C  — H 

I  I I  I 

(b)  sp  ',  sp2  (c)  The  C  atom  in  C  I  I  ,  is  sp '  In  hndized;  there  are  no unhybridized  p  orbitals  available  for  the  tt  overlap  required  by 

multiple  bonds.  In  CFI20  the  C  atom  is  sp-  hybridized,  with  one  p 
atomic  orbital  available  to  form  the  tt  ov  erlap  in  the  C  =  0  double 
bond.   9.53  (a)  18  valence  electrons  (b)  16  valence  electrons  form 
(r  bonds  (c)  2  valence  electrons  form  tt  bonds  (d)  no  valence  elec- 

trons are  nonbonding  (e)  The  left  and  central  C  atoms  are  s/<2  hy- 
bridized; the  right  C  atom  is  sp 1  hybridized. 
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9.55  (a)  -109°  about  the  leftmost  C,  sp3,  - 120°  about  the  right- 
hand  C,  sp   (b)  The  doubly  bonded  O  can  be  viewed  as  sp  ,  and 

the  other  as  sp  ;  the  nitrogen  is  sp3  with  approximately  109°  bond 
angles,  (c)  nine  <r  bonds,  one  tt  bond    9.57  (a)  In  a  localized  tt 
bond,  the  electron  density  is  concentrated  between  the  two 
atoms  forming  the  bond.  In  a  delocalized  tt  bond,  the  electron 
density  is  spread  over  all  the  atoms  that  contribute  p  orbitals  to 
the  network,  (b)  The  existence  of  more  than  one  resonance  form 
is  a  good  indication  that  a  molecule  will  have  delocalized  tt 
bonding,  (c)  delocalized    9.59  (a)  Both  atomic  and  molecular 
orbitals  have  a  characteristic  energy  and  shape;  each  can  hold  a 
maximum  of  two  electrons.  Atomic  orbitals  are  localized,  and 

their  energies  are  the  result  of  interactions  between  the  subatom- 
ic particles  in  a  single  atom.  Molecular  orbitals  can  be  delocal- 

ized and  their  energies  are  influenced  by  interactions  between 
electrons  on  several  atoms,  (b)  There  is  a  net  lowering  in  energy 
that  accompanies  bond  formation,  because  the  electrons  in  H2 
are  strongly  attracted  to  both  H  nuclei,  (c)  2 
9.61  (a) 

Is 

Is 

H2+ 

(b)  There  is  one  electron  in  H2+.  (c)aul  (d)  BO  =  \  (e)  Fall 
apart.  If  the  single  electron  in  H2+  is  excited  to  the  a\s  orbital, 
its  energy  is  higher  than  the  energy  of  an  H  Is  atomic  orbital  and 

H2+  will  decompose  into  a  hydrogen  atom  and  a  hydrogen  ion. 9.63 

(a) 

(b) 

2p2 

2px 

2/': 

<r*2P 

a2v 

77*20 

2f\ 

(c)<r2/>  <  Tr2p  <  ̂ 20  <  a2p    9.65  (a)  When  comparing  the  same 
two  bonded  atoms,  bond  order  and  bond  energy  are  directly  re- 

lated, while  bond  order  and  bond  length  are  inversely  related. 
When  comparing  different  bonded  nuclei,  there  are  no  simple 
relationships,  (b)  Be2  is  not  expected  to  exist;  it  has  a  bond  order 
ol  zero  and  is  not  energetically  favored  over  isolated  Be  atoms. 
Ik'2   has  a  bond  order  of  0.5  and  is  slightly  lower  in  energy  than 
isolated  Be  atoms.  It  will  probably  exist  under  special  experi- 

mental t  •  mditions.    9.67  (a,  b)  Substances  with  no  unpaired 
electrons  are  weakly  repelled  by  a  magnetic  field.  This  property 

is  called  dianiagnetism.  (c)  O22  ,  Bei21    9.69  (a)  B2+, 

(T2-1<T*2-*~7T2\>' ■  increase  (b)  Li 2 o"is  0"is  "2s  /  increase  (c)  N2+, 
<r22<rz;2'T2l,'iTT2l  '  increase  (d)  Ne22+,  cr 2s2(T2^7T2pA'n 2s  >  decrease 
9.71  CN,  f72s"f2s  T2(,V2;> ',  bond  order  =  2.5,  paramagnetic; 

CN  ' ,  rr2^2f/2s27'"2;i1'  bond  order  =  2.0,  diamagnetic;  CN " , 

(T2^(T2i1'!T2picT2p1>  bond  order  =  3.0,  diamagnetic    9.73  (a)  3s, 
3px,3py,  3pz  (b)  7r3;i  (c)2  (d)  If  the  MO  diagram  for  P2  is  similar 
to  that  of  N2,  P2  will  have  no  unpaired  electrons  and  be  diamag- 

netic.   9.76  SiF4  is  tetrahedral,  SI  4  is  seesaw,  XeF4  is  square 
planar.  The  shapes  are  different  because  the  number  of  nonbond- 
ing  electron  domains  is  different  in  each  molecule,  even  though  all 
have  four  bonding  electron  domains.  Bond  angles  and  thus  mole- 

cular shape  are  determined  by  the  total  number  of  electron  do- 
mains.   9.79  (a)  Two  sigma,  two  pi  (b)  two  sigma,  two  pi 

(c)  three  sigma,  one  pi  (d)  four  sigma,  one  pi    9.82  The  com- 
pound on  the  right  has  a  nonzero  dipole  moment. 9.85 

(a)  The  molecule  is  nonplanar.  (b)  Allene  has  no  dipole  mo- 
ment, (c)  The  bonding  in  allene  would  not  be  described  as  de- 

localized.  The  tt  electron  clouds  of  the  two  adjacent  C  =  C  are 
mutually  perpendicular,  so  there  is  no  overlap  and  no  dereal- 

ization of  77  electrons.    9.91  o-2i,2(T2i2TT2f,Jl(T2f,]TT2f)l  The  bond 
order  of  N2  in  the  ground  state  is  3;  in  the  first  excited  state  it 
has  a  bond  order  of  2.  Owing  to  the  reduction  in  bond  order, 
N2  in  the  first  excited  state  would  be  more  reactive,  have  a 

smaller  bond  energy  and  a  longer  N  —  N  separation. 
9.95  (a)  :C=0:  (b)  The  bond  order  of  3.0  predicted  using 
Figure  9.48  agrees  with  the  triple  bond  in  the  Lewis  structure, 
(c)  According  to  Figure  9.48,  the  highest  energy  electrons  in  CO 
would  occupy  a  tt2i,  molecular  orbital.  If  the  highest  energy 
electrons  occupy  a  <r-type  orbital,  the  order  of  tt 2„  and  a2f,  or- 

bitals must  be  reversed.  Figure  9.44  shows  how  the  interaction 
of  the  2s  orbitals  on  one  atom  and  the  2p  orbitals  on  the  other 
atom  can  cause  this  reversal,  (d)  The  tt 2f,  bonding  MOs  of  CO 
will  have  a  greater  contribution  from  the  more  electronegative 

Oatom.    9.96  (a)  HN02   (b)  Q=N — O — H 
(c)  The  geometry  around  N  is  trigonal  planar,  (d)  str  hybridiza- 

tion around  N  (e)  three  sigma,  one  pi    9.99  (a)  sp  hybridization 

at  the  two  central  C  atoms  0b)  Isomerization  requires  180°  rota- 
tion around  the  C  =  C  double  bond.  A  90°  rotation  eliminates  all 

overlap  of  the  v  orbitals  that  form  the  tt  bond  and  it  is  broken. 

(c)4.42  x  10~59  J/molecule  (d)  A  =  450  ran  (e)  Yes,  450  rati  light 
is  in  the  visible  portion  of  the  spectrum.  A  cis-trans  isomerization 
in  the  retinal  portion  of  the  large  molecule  rhodopsin  is  the  first 
step  in  a  sequence  of  molecular  transformations  in  the  eye  that 
leads  to  vision.  The  sequence  of  events  enables  the  eye  to  detect 

visible  photons,  in  other  words,  to  see.    9.101  From  bond  en- 

thalpies, AH  =  5364  kj;  according  to  Hess's  law,  AH0  =  5535  kj. The  difference  in  the  two  results,  171  kj,  is  due  to  the  resonance 
stabilization  in  benzene.  The  amount  of  energy  actually  required 

to  decompose  1  mol  of  Cf,H6(^)  is  greater  than  the  sum  of  the  lo- 
calized bond  enthalpies.    9.103  (a)  M-- 
(b)  I  .  . 

3rf- 

+ 

<r  3d 

The  "donuts"  of  the  3d^  orbitals  have  been  omitted  from  the 
diagram  for  clarity. 
(c)  A  node  is  generated  in  cr^  because  antibonding  MOs  are 
formed  when  atomic  orbital  lobes  with  opposite  phases  inter- 

act. Electron  density  is  excluded  from  the  internuclear  region 
and  a  node  is  formed  in  the  MO. 



(d) 

3dJ 

O-  3d 
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10.3 1 

p V // l 

3dz2 

2.00  atm 1.00  L 0.500  mol 48.7  K 
0.300  atm 0.250  L 

3.05  x  10~3  mol 

27  C 

650  torr 11.2  L 0.333  mol 350  K 
10.3  atm 585  mL 0.250  mol 295  K 

4s 

4s 
(e)  The  bond  order  of  Sc2  is  1.0. 

Chapter  10 
10.1 

(a)  V2  =  j  V, (b)  v2  =  ±vl 

300  K,  Vi 500  K,  V2 1  atm,  V, 
2  atm,  l7s 

10.4  Over  time,  the  gases  will  mix  perfectly.  Each  bulb  will  con- 

tain 4  blue  and  3  red  atoms.  The  "blue"  gas  has  the  greater  par- 
tial pressure  after  mixing,  because  it  has  the  greater  number  of 

particles  at  the  same  7  and  V  as  the  "red"  gas.    10.7  (a)  Curve  A 
is  02(g)  and  curve  B  is  He^').  (b)  For  the  same  gas  at  different 
temperatures,  curve  A  represents  the  lower  temperature  and 
curve  B  the  higher  temperature.    10.9  (a)  A  gas  is  much  less 
dense  than  a  liquid,  (b)  A  gas  is  much  more  compressible  than  a 
liquid,  (c)  All  mixtures  of  gases  are  homogenous.  Similar  liquid 
molecules  form  homogeneous  mixtures,  while  very  dissimilar 

molecules  form  heterogeneous  mixtures.    10.11  1.8  X  103  kPa 
10.13  (a)  10.3  m  (b)  2.0  atm    10.15  (a)  The  tube  can  have  any 
cross-sectional  area,  (b)  At  equilibrium  the  force  of  gravity  per 
unit  area  acting  on  the  mercury  column  at  the  level  of  the  outside 
mercury  is  not  equal  to  the  force  of  gravity  per  unit  area  acting 
on  the  atmosphere,  (c)  The  column  of  mercury  is  held  up  by  the 
pressure  of  the  atmosphere  applied  to  the  exterior  pool  of  mer- 

cury.   10.17  (a)  0.349  atm  (b)  265  mm  Hg  (c)  3.53  X  104  Pa 
(d)  0.353  bar    10.19  (a)  P  =  773.4  torr  (b)  The  pressure  in  Chica- 

go is  greater  than  standard  atmospheric  pressure,  and  so  it  makes 

sense  to  classify  this  weather  system  as  a  "high-pressure  system." 
10.21  (i)  0.30  atm  (ii)  1.073  atm  (iii)  0.136  atm    10.23  (a)  If  V  de- 

creases by  a  factor  of  4,  P  increases  by  a  factor  of  4. 
(b)  If  7  decreases  by  a  factor  of  2,  P  decreases  by  a  factor  of  2. 
(c)  If  n  decreases  by  a  factor  of  2,  P  decreases  by  a  factor  of  2. 
10.25  (a)  If  equal  volumes  of  gases  at  the  same  temperature  and 
pressure  contain  equal  numbers  of  molecules  and  molecules 
react  in  the  ratios  of  small  whole  numbers,  it  follows  that  the  vol- 

umes of  reacting  gases  are  in  the  ratios  of  small  whole  numbers, 
(b)  Since  the  two  gases  are  at  the  same  temperature  and  pressure, 
the  ratio  of  the  numbers  of  atoms  is  the  same  as  the  ratio  of  vol- 

umes. There  are  1.5  times  as  many  Xe  atoms  as  Ne  atoms. 
10.27  (a)  PV  =  nRT;  P  in  atmospheres,  V  in  liters,  n  in  moles,  7 
in  kelvins.  (b)  An  ideal  gas  exhibits  pressure,  volume,  and  tem- 

perature relationships  described  by  the  equation  PV  =  nRT. 
10.29  Flask  A  contains  the  gas  with  M  =  30  g/mol,  and  flask  B 
contains  the  gas  with  M  =  60  g/mol, 

10.33  1.7  ■  ltr  kg 
10.37  (a)  91  atm  (b)  2.3 
(c)501  K  (d)  1.90  atm    10.41  (a)  n 

10.35  5.72  X  10-  molecules 
«  102  L    10.39  (a)  29.8  g  Cl2  (b)  9.42  L 

=  9 

x  ur4molO  (b)The 

O, 

(b)Pf 
10.63 

10.65 

roach  needs  8  ■  10  'mol  02  in  48  h,  more  than  100"..  of  the 
in  the  jar.    10.43  For  gas  samples  at  the  same  conditions, 
molar  mass  determines  densitv.  Of  the  three  gases  listed, 

(c)  Cl2  has  the  largest  molar  mass.    10.45  (c)  Because  the  heli- 
um atoms  are  of  lower  mass  than  the  average  air  molecule,  the 

helium  gas  is  less  dense  than  air.  The  balloon  thus  weighs  less 
than  the  air  displaced  bv  its  volume.    10.47  (a)  d  =  Ml  g  L 
(b)M  =  80.1  g/mol    10.49  M  =  89.4  g/mol 

10.51  3.5  X  10"gMg    10.53  21.4  L  CO;    10.55  0.402  g  Zn 
10.57  (a)  When  the  stopcock  is  opened,  the  volume  occupied 

by  N2(#)  increases  from  2.0  L  to  5.0  L.       =  0.40  atm 
(b)  When  the  gases  mix,  the  volume  of  02(y)  increases 
from  3.0  L  to  5.0  L.  PQ,  =  1.2  atm  (c)  P,  =  1.6  atm 
10.59  (a)  PHt.  =  1.88  atm,  Pv.  =  1.10  atm,  PAr  =  0.360  atm 

=  3.34  atm    10.61  Pco,  =  0.305  atm,  P,  =  1.232  atm 

PNA  =  0.98  atm,  Pq2  =  0.39  atm,  Peo,  =  0.20  atm 
2.5"mole  %  02    10.67  Pf  =  3.04  atm"  10.69  (a)  Increase 

in  temperature  at  constant  volume  or  decrease  in  volume  or  in- 
crease in  pressure  (b)  decrease  in  temperature  (c)  increase  in  vol- 

ume, decrease  in  pressure  (d)  increase  in  temperature 
10.71  The  fact  that  gases  are  readily  compressible  supports  the  as- 

sumption that  most  of  the  volume  of  a  gas  sample  is  empty  space. 
10.73  (a)  Vessel  A  has  more  molecules,  (b)  The  density  of  CO  is 
1.25  g/L,  and  the  density  of  S02  is  1.33  g/L.  Vessel  B  has  more 
mass,  (c)  The  average  kinetic  energy  of  the  molecules  in  vessel  B 
is  higher,  (d)  »,\/"b  =  '  -46.  The  molecules  in  vessel  A  have  the 
greater  rms  speed.    10.75  (a )  In  order  of  increasing  speed  and  de- 

creasing molar  mass:  H  Br  <  NF-t  <  S02  <  CO  <  Ne 
(b)  Hnf-,  =  324  m/s    10.77  The  order  of  increasing  rate  of 
effusion  is  2H37C1  <  'H37C1  <  2H"C1  ■    'H^Cl.    10.79  As4S(1 
10.81  (a)  Non-ideal-gas  behavior  is  observed  at  verv  high  pres- 

sures and  low  temperatures,  (b)  The  real  volumes  of  gas  mole- 
cules and  attractive  intermolecular  forces  between  molecules 

cause  gases  to  behave  nonideally.  (c)  According  to  the  ideal-gas 
law,  the  ratio  PV/RT  should  be  constant  for  a  given  gas  sample 
at  all  combinations  of  pressure,  volume,  and  temperature.  If  this 
ratio  changes  with  increasing  pressure,  the  gas  sample  is  not  be- 

having ideally.    10.83  Ar(a  =  1.34,  b  =  0.0322)  will  behave 
more  like  an  ideal  gas  than  C02  {a  =  3.59,  b  =  0.427)  at  high 
pressures.    10.85  (a)  P  =  0.917  atm  (b)  P  =  0.896  atm 
10.87  A  mercury  barometer  with  water  trapped  in  its  tip  will  not 
read  the  correct  pressure.  Water  at  the  top  of  the  Hg  column  es- 

tablishes a  vapor  pressure  that  exerts  downward  pressure  in  ad- 
dition to  gravity  and  partially  counterbalances  the  pressure  of  the 

atmosphere.    10.90  742  balloons  can  be  filled  completely,  with  a 

bit  of  He  left  over.    10.93  5.4  x  103gO2 

10.96  (a)  3.78  x  10"3  mol  02  (b)  0.0345  g  C8H  lg    10.99  Oxygen 
is  70.1  mole  %  of  the  mixture.    10.102  (a)  As  a  gas  is  compressed 
at  constant  temperature,  the  number  of  intermolecular  collisions 
increases.  Intermolecular  attraction  causes  some  of  these  colli- 

sions to  be  inelastic,  which  amplifies  the  dev  iation  from  ideal  be- 
havior, (b)  As  the  temperature  of  a  gas  is  increased  at  constant 

volume,  a  larger  fraction  of  the  molecules  has  sufficient  kinetic 
energy  to  overcome  intermolecular  attractions  and  the  effect  of 
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intermolecular  attraction  becomes  less  significant. 
10.105  (a)  TTie  molecular  formula  is  C3Hh.  (b)  Ar  and  C3H6  are 
nonpolar,  have  similar  molar  masses,  and  experience  London  dis- 
person  forces.  We  expect  the  effect  of  both  volume  and  intermolec- 

ular attractions  to  be  more  significant  for  the  structurally  more 
complex  C3H6.  Cyclopropane  will  dev  iate  more  from  ideal  behav- 

ior at  the  specified  conditions!    10.108  Aff  =  -1.1  X  1014kJ  (as- 
suming H20(/)  is  a  product)    10.112  (a)  The  partial  pressure  of 

IF5  is  0.515~atm.  (b)  The  mole  fraction  of  IF5  is  0.544. 

Chapter  1 1 
11.1  The  diagram  best  describes  a  liquid.  The  particles  are 
close  together,  mostly  touching,  but  there  is  no  regular  arrange- 

ment or  order.  This  rules  out  a  gaseous  sample,  where  the  par- 
ticles are  far  apart,  and  a  crystalline  solid,  which  has  a  regular 

repeating  structure  in  all  three  directions.    11.4  (a)  385  mm  Hg 

(b)  22°C  (c)  47°C    11.7  (a)  3  Nb  atoms,  3  O  atoms  (b)  NbO 
(c)  This  is  primarily  an  ionic  solid,  because  Nb  is  a  metal  and  O 
is  a  nonmetal.  There  may  be  come  covalent  character  to  the 
Nb  •  ■  •  O  bonds.    11.9  (a)  Solid  <  liquid  <  gas 
(b)  gas  <  liquid  <  solid    11.11  (a)  Gases  are  more  compress- 

ible than  liquids  because  there  is  much  emptv  space  betu  een 
gas  particles,  (b)  The  solid  and  liquid  forms  of  a  substance  are 
called  condensed  phases  because  in  both  states  there  is  verv  little 
space  between  particles;  the  volume  of  the  substance  is  con- 

densed, (c)  Liquids  have  greater  ability  to  flow  than  solids  be- 
cause their  average  kinetic  energy  is  on  the  same  order  of 

magnitude  as  the  average  attractive  energy  among  particles. 
11.13  (a)  London  dispersion  forces  (b)  dipole-dipole  and  Lon- 

don dispersion  forces  (c)  dipole-dipole  forces  and  in  certain 
cases  hydrogen  bonding    11.15  (a)  Nonpolar  covalent  mole- 

cule; London  dispersion  forces  only  (b)  polar  covalent  mole- 
cule with  O  —  H  bonds;  hydrogen  bonding,  dipole-dipole 

forces  and  London  dispersion  forces  (c)  polar  covalent  mole- 
cule; dipole-dipole  and  London  dispersion  forces  (but  not  hy- 

drogen bonding)    11.17  (a)  Polarizability  is  the  ease  with 
which  the  charge  distribution  in  a  molecule  can  be  distorted  to 
produce  a  transient  dipole.  (b)  Te  is  most  polarizable  because 
its  valence  electrons  are  farthest  from  the  nucleus  and  least 

tightly  held,  (c)  in  order  of  increasing  polarizabilitv: 
CH4  <  SiH4  <  SiCl4  <  GeCl4  <  GeBr4  (d)  The  magnitudes 
of  London  dispersion  forces  and  thus  the  boiling  points  of  mol- 

ecules increase  as  polarizabilitv  increases.  The  order  of  increas- 
ing boiling  points  is  the  order  of  increasing  polarizabilitv  given 

in  (c).    11.19  (a)  H2S  (b)  CC>2  (c)  SiH4    11.21  Both  rodlike 
butane  molecules  and  spherical  2-methylpropane  molecules 
experience  dispersion  forces.  The  larger  contact  surface  be- 

tween butane  molecules  facilitates  stronger  forces  and  pro- 
duces a  higher  boiling  point.    11.23  (a)  Molecules  with 

N  —  H,  O  —  H,  and  F  —  H  bonds  form  hydrogen  bonds  with 
like  molecules,  (b)  CH3NH2  and  CH3OH.    11.25  (a)  HF  has 
the  higher  boiling  point  because  hydrogen  bonding  is  stronger 
than  dipole-dipole  forces,  (b)  CHBr3  has  the  higher  boiling 
point  because  it  has  the  higher  molar  mass,  indicating  greater 
polarizability  and  stronger  dispersion  forces,  (c)  IC1  has  the 
higher  boiling  point  because  the  molecules  have  similar  molar 
masses  (hence  similar  dispersion  forces),  but  IC1  is  polar,  giv- 

ing it  dipole-dipole  forces  that  are  absent  for  the  nonpolar  Br2. 
11.27  (a )  Hydrogen  bonding  occurs  in  both  water  and  ice.  In 
water,  molecules  are  close  together  and  moving.  Hydrogen 
bonds  are  constantly  broken  and  new  ones  formed.  In  ice, 
molecules  adopt  an  ordered  structure  with  four  hydrogen 
bonds  per  molecule.  These  interactions  produce  a  network 
structure  with  ,    >re  open  space  between  molecules  than  in  the 
liquid  state  and  a  c  >rresponding  lower  density  for  the  solid 

than  the  liquid,  (b)  Raising  the  temperature  of  a  substance 
means  increasing  the  average  kinetic  energy  of  its  molecules. 
A  large  amount  of  heat  must  be  added  to  water  to  break  its 
strong  hydrogen  bonds  and  increase  its  average  kinetic  energy 
and  temperature.    11.29  (a)  As  temperature  increases,  the 
number  of  molecules  with  sufficient  kinetic  energy  to  over- 

come intermolecular  attractiv  e  forces  increases,  and  viscosity 
and  surface  tension  decrease,  (b)  The  same  attractive  forces 
that  cause  surface  molecules. to  be  difficult  to  separate  (high 
surface  tension)  cause  molecules  elsewhere  in  the  sample  to  re- 

sist movement  relative  to  each  other  (high  viscosity). 
11.31  (a)  CHBr3  has  a  higher  molar  mass,  is  more  polarizable, 
and  has  stronger  dispersion  forces,  so  the  surface  tension  is 
greater,  (b)  As  temperature  increases,  the  viscosity  of  the  oil 
decreases  because  the  average  kinetic  energy  of  the  molecules 
increases,  (c)  Adhesive  forces  between  polar  water  and  nonpo- 

lar car  wax  are  weak,  so  the  large  surface  tension  of  water 
draws  the  liquid  into  the  shape  with  the  smallest  surface  area, 
a  sphere.    11.33  (a)  Freezing,  exothermic  (b)  evaporation,  en- 
dothermic  (c)  deposition,  exothermic    11.35  Melting  does  not 
require  separation  of  molecules,  so  the  energy  requirement  is 
smaller  than  for  vaporization,  where  molecules  must  be  sepa- 

rated.   11.37  2.2  x  103gH2O    11.39  105  kj    11.41  (a)  The 
critical  pressure  is  the  pressure  required  to  cause  liquefaction 
at  the  critical  temperature,  (b)  As  the  force  of  attraction  be- 

tween molecules  increases,  the  critical  temperature  of  the  com- 
pound increases,  (c)  All  the  gases  in  Table  11.5  can  be  liquefied 

at  the  temperature  of  liquid  nitrogen,  given  sufficient  pressure. 
11.43  (a)  No  effect  (b)  no  effect  (c)  Vapor  pressure  decreases 
with  increasing  intermolecular  attractive  forces  because  fewer 
molecules  have  sufficient  kinetic  energy  to  overcome  attractive 
forces  and  escape  to  the  vapor  phase,  (d)  Vapor  pressure  in- 

creases with  increasing  temperature  because  average  kinetic 
energies  of  molecules  increase.    11.45  (a)  CBr4  <  CHBr3  < 
CH2Br2  <  CH2C12  <  CH3C1  <  CH4.  The  trend  is  dominated 
by  dispersion  forces  even  though  four  of  the  molecules  are 
polar.  The  order  of  increasing  v  olatility  is  the  order  of  increas- 

ing vapor  pressure,  decreasing  molar  mass,  and  decreasing 
strength  of  dispersion  forces,  (b)  Boiling  point  increases  as  the 
strength  of  intermolecular  forces  increases;  this  is  the  order  of 
decreasing  volatility  and  the  reverse  of  the  order  in  part  (a). 
CH4  <  CH3C1  <  CH2C12  <  CH2Br2  <  CHBr3  <  CBr4 
11.47  (a)  The  temperature  of  the  water  in  the  two  pans  is  the 
same,  (b)  Vapor  pressure  does  not  depend  on  either  volume  or 
surface  area  of  the  liquid.  At  the  same  temperature,  the  vapor 
pressures  of  water  in  the  two  containers  are  the  same. 

11.49  (a)  Approximately  17°C  (b)  approximately  510  torr 

(c)  approximately  26°C  (d)  approximately  105°C 
11.51  (a)  The  critical  point  is  the  temperature  and  pressure  be- 

yond which  the  gas  and  liquid  phases  are  indistinguishable, 
(b)  The  line  that  separates  the  gas  and  liquid  phases  ends  at  the 
critical  point  because  at  conditions  beyond  the  critical  tempera- 

ture and  pressure,  there  is  no  distinction  between  gas  and  liq- 
uid. In  experimental  terms  a  gas  cannot  be  liquefied  at 

temperatures  higher  than  the  critical  temperature,  regardless  of 

pressure.    11.53  (a)  H20(g)  will  condense  to  H20(s)  at  ap- 
proximately 4  torr;  at  a  higher  pressure,  perhaps  5  atm  or  so, 

H20(s)  will  melt  to  form  H20(/).  (b)  At  100°C  and  0.50  atm, 
water  is  in  the  vapor  phase.  As  it  cools,  water  vapor  condenses 

to  the  liquid  at  approximately  82°C,  the  temperature  where  the 
vapor  pressure  of  liquid  water  is  0.50  atm.  Further  cooling  re- 

sults in  freezing  at  approximately  0°C.  The  freezing  point  of 
water  increases  with  decreasing  pressure,  so  at  0.50  atm  the 

freezing  temperature  is  very  slightly  above  0°C. 
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11.55 
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Solid        /  / 
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Normal      /  / Gas melting  /  / 
point  /  // 

/^^--^ Normal  boiling  point 
I  riple  point -160 

1  ID 

-60 

Temperature,  C 

10 40 

(b)  Xe(s)  is  denser  than  Xe(/)  because  the  solid-liquid  line  on 
the  phase  diagram  is  normal,  (c)  Cooling  Xe(g)  at  100  torr 
will  cause  deposition  of  the  solid  because  100  torr  is  below 
the  pressure  of  the  triple  point.    11.57  In  a  crystalline  solid 
the  component  particles  are  arranged  in  an  ordered  repeating 
pattern.  In  an  amorphous  solid  there  is  no  orderly  structure. 

11.59  CaTiO,    11.61  (a)  /•  =  1.355  A  (b)  density  =  22.67  g  <  m 
11.63  Atomic  weight  =  55.8  g/mol    11.65  (a)  12  (b)  6  (c)8 

11.67  a  =  6.13  A    11.69  (a)  The  U4*  ions  in  U02  are  repre- 
sented by  the  smaller  spheres  in  Figure  11.42(c).  The  ratio  of 

large  spheres  to  small  spheres  matches  the  O-  to  U4*  ratio in  the  chemical  formula,  so  the  small  ones  must  represent 

U4+.  (b)  density  =  10.97  g/cm"1    11.71  (a)  Hydrogen  bond- 
ing, dipole-dipole  forces,  London  dispersion  forces  (b)  cova- 

lent  chemical  bonds  (c)  ionic  bonds  (d)  metallic  bonds 
11.73  In  molecular  solids  relatively  weak  intermolecular 
forces  bind  the  molecules  in  the  lattice,  so  relatively  little  en- 

ergy is  required  to  disrupt  these  forces.  In  covalent-network 
solids,  covalent  bonds  join  atoms  into  an  extended  network. 
Melting  or  deforming  a  covalent-network  solid  means  break- 

ing covalent  bonds,  which  requires  a  large  amount  of  energy. 
11.75  Because  of  its  relatively  high  melting  point  and  prop- 

erties as  a  conducting  solution,  the  solid  must  be  ionic. 
11.77  (a)  Xe,  greater  atomic  weight,  stronger  dispersion 
forces  (b)  Si02,  covalent-network  lattice  versus  weak  disper- 

sion forces  (c)  KBr,  strong  ionic  versus  weak  dispersion 
forces  (d)  CbClh,  both  are  influenced  bv  dispersion  forces, 
Q,C16  has  the  higher  molar  mass    11.79  (a)  Decrease  (b)  in- 

crease (c)  increase  (d)  increase  (e)  increase  (f)  increase 
(g)  increase    11.82  (a)  In  CH2Br2  the  dispersion  force  will  be 
more  influential  than  the  dipole-dipole  force.  Relative  to 
CH2CI2,  Br  is  more  polarizable  than  CI  and  the  dipole  mo- 

ment of  CH2Br2  is  smaller,  (b)  Dipole-dipole  forces  will  play 
a  larger  role  for  CH2F2  than  for  CH2C12  because  CH2F2  has  a 
larger  dipole  moment  and  F  is  less  polarizable  than  CI. 

11.85  The  two  O  —  H  groups  in  ethylene  glycol  are  involved 
in  many  hydrogen  bonding  interactions,  leading  to  its  high 
boiling  point  and  viscosity,  relative  to  pentane,  which  experi- 

ences only  dispersion  forces.    11.88  (a)  Evaporation  is  an 
endothermic  process.  The  heat  required  to  vaporize  sweat  is 
absorbed  from  your  body,  helping  to  keep  it  cool,  (b)  The 
vacuum  pump  reduces  the  pressure  of  the  atmosphere  above 
the  water  until  atmospheric  pressure  equals  the  vapor  pres- 

sure of  water  and  the  water  boils.  Boiling  is  an  endothermic 
process,  and  the  temperature  drops  if  the  system  is  not  able 
to  absorb  heat  from  the  surroundings  fast  enough.  As  the 
temperature  of  the  water  decreases,  the  water  freezes. 
11.92  The  large  difference  in  melting  points  is  due  to  the 
very  different  forces  imposing  atomic  order  in  the  solid  state. 

Much  more  kinetic  energy  is  required  to  disrupt  the  delocal- 
ized  metallic  bonding  in  gold  than  to  overcome  the  relatively 
w  eak  London  dispersion  forces  in  Xe.    11.95  The  most  effec- 

tive diffraction  occurs  when  distances  between  layers  of 
atoms  in  the  cry  stal  are  similar  to  the  wavelength  of  the  light 
being  diffracted.  Moly  bdenum  X  rays  of  0.71  A  are  on  the 
same  order  of  magnitude  as  interlaver  distances  in  crystals 
and  are  diffracted.  Visible  light,  400-700  run  or  4000-7000  A, 
is  too  long  to  be  diffracted  effectively.    11.98  16  Al  atoms, 
8  Mg  atoms,  32  O  atoms 
11.101 

Br 

CHi  CLL  ChL  CH 

CH3  CH3   CH3  CH2  CH3  CH3  CH-, 

(i).ll  =  44  (ii).ll  =  72 
(iii).ll  =  123 

(  > 

til 
Br 

CH, 
OH 

CH, 

(iv) 

CH, =  58 CH, 

(  I  I 

CH, 

CH, 
(v).ll  =  123 (vi)  .11  =  60 

(a)  Molar  mass:  Compounds  (i)  and  (ii)  have  similar  rodlike 
structures.  The  longer  chain  in  (ii)  leads  to  greater  molar  mass, 
stronger  London-dispersion  forces,  and  higher  heat  of  vaporiza- 

tion, (b)  Molecular  shape:  Compounds  (iii)  and  (v)  have  the 
same  chemical  formula  and  molar  mass  but  different  molecular 

shapes.  The  more  rodlike  shape  of  (v)  leads  to  more  contact  be- 
tween molecules,  stronger  dispersion  forces,  and  higher  heat  of 

vaporization,  (c)  Molecular  polarity:  Compound  (iv)  has  a 
smaller  molar  mass  than  (ii)  but  a  larger  heat  of  vaporization, 
which  must  be  due  to  the  presence  of  dipole-dipole  forces 
(d)  Hydrogen  bonding  interactions:  Molecules  (v)  and  (vi)  have 
similar  structures.  Even  though  (v)  has  larger  molar  mass  and 

dispersion  forces,  hydrogen  bonding  causes  (vi)  to  have  the  high- 
er heat  of  vaporization.    11.105  /'(benzene  vapor)  =  98.6  torr. 

Chapter  12 
12.1  The  band  structure  of  material  A  is  that  of  a  metal. 

12.4  Picture  (a)  has  a  one-dimensional  order  characteristic  of  a 
liquid  crystalline  phase.    12.7  (a)  Semiconductor  (b)  insulator 
(c)  semiconductor  (d)  metal    12.9  Ge  or  Si  (Ge  is  closer  to  Ga  in 
bonding  atomic  radius.)    12.11  (a)  False.  Semiconductors  have  a 
smaller  band  gap;  thev  conduct  some  electricity,  while  insulators 
do  not.  (b)  True.  Dopants  create  either  more  electrons  or  more 
"holes,"  both  of  which  increase  the  conductivity'  of  the  semicon- 

ductor, (c)  True.  Metals  conduct  elec  tricity  because  delocalized 
electrons  in  the  lattice  provide  a  mechanism  for  charge  mobility. 
(d)  True.  Metal  oxides  are  ionic  substances  with  essentially  local- 

ized electrons.  This  barrier  to  charge  mobility  renders  them  insu- 
lators.   12.13  A  superconducting  material  offers  no  resistance  to 

the  flow  of  electrical  current.  Superconductive  materials  could 
transmit  electricity  with  much  greater  efficiency  than  current  car- 

riers.   12.15  The  sharp  drop  in  resistivity  of  Mgl32  near  39  K  is 
the  superconducting  transition  temperature,  1.  .    12.17  Super- 

conductivity acts  on  electrons  that  are  conduction  electrons.  In- 
sulators have  no  electrons  in  the  conduction  band  available  for 

conduction.    12.19  n-Decane  dot's  not  have  a  sufficiently  high 
chain  length  or  molecular  mass  to  be  considered  a  polymer. 
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12.21 O 
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-O— CH2— CH3 

Ethanol 

CH3— C— O— CH,CH3     +  H20 

Ethyl  acetate 
If  a  dicarboxylic  acid  and  a  dialcohol  are  combined,  there  is  the 
potential  for  propagation  of  the  polymer  chain  at  both  ends  oi 
both  monomers. 

I2'23  (a)       H  H 

H  CI 
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n  H,N — (CH,)3C — O — H  -  H— N— (CH2)3C— OH 

NH— (CH,),C— NH— (CH,hC- 

12.29  Flexibility  of  molecular  chains  causes  flexibility  of  the 
bulk  polymer.  Flexibility  is  enhanced  bv  molecular  features 
that  inhibit  order,  such  as  branching,  and  diminished  by  fea- 

tures that  encourage  order,  such  as  cross-linking  or  delocalized 
77-electron  density.  Cross-linking,  the  formation  of  chemical 
bonds  between  polymer  chains,  reduces  flexibility  of  the  mole- 

cular chains,  increases  the  hardness  of  the  material,  and  de- 
<  reases  the  chemical  reactivity  of  the  polymer.    12.31  The 
function  of  the  polymer  determines  whether  high  molecular 

masses  and  high  degree  of  crystallinity  are  desirable  proper- 
ties. If  the  polymer  will  be  used  as  a  flexible  wrapping  or  fiber, 

rigidity  that  is  due  to  high  molecular  mass  is  an  undesirable 
property.    12.33  Ceramics  are  not  readily  recyclable  because 
of  their  extremely  high  melting  points  and  rigid  ionic  or  cova- 
lent-network  structures.    12.35  Very  small,  uniformly  sized 
and  shaped  particles  are  required  for  the  production  of  a 
strong  ceramic  object  by  sintering.  Upon  heating  to  initiate 
condensation  reactii  ms,  the  more  uniform  the  particle  size  and 
the  greater  the  total  surface  area  of  the  solid,  the  more  chemical 
bonds  are  formed  and  the  stronger  the  ceramic  object. 

12.37  The  ceramics  are  MgO,  soda-lime  glass,  ZrB2,  A1203, 
and  TaC.  The  criteria  are  a  combination  of  chemical  formula 

(with  corresponding  bonding  characteristics)  and  Knoop  val- 
ues. Ceramics  are  ionic  or  covalent-network  solids  with  fairly 

large  hardness  values.  Hardness  alone  is  not  a  sufficient  crite- 
rion for  classification  as  a  ceramic.  A  metal,  Cr,  lies  in  the  mid- 

dle of  the  hardness  range  for  ceramics.  Bonding  characteristics 
as  well  as  hardness  must  be  taken  into  account  when  classify- 

ing materials  as  ceramics.    12.39  Ceramics  are  ionic  solids 
with  rigid  three-dimensionalbrder  resulting  from  strong  elec- 

trostatic attractions  among  fully  charged  ions.  They  are  hard 
because  it  is  difficult  to  budge  an  ion  from  this  network.  They 
are  high  melting  because  tremendous  thermal  energy  must  be 
supplied  before  the  ions  have  sufficient  kinetic  energy  to  break 
away  from  the  network  and  move  relative  to  each  other. 
12.41  Is  the  neoprene  biocompatible?  Does  it  provoke  inflam- 

matory reactions?  Does  neoprene  meet  the  physical  require- 
ments of  a  flexible  lead?  Will  it  remain  resistant  to  degradation 

and  maintain  elasticity?  Can  neoprene  be  prepared  in  suffi- 
ciently pure  form  so  that  it  can  be  classified  as  medical  grade? 

12.43  Current  vascular  graft  materials  cannot  be  lined  with 
cells  similar  to  those  in  the  native  artery.  The  body  detects  that 

the  graft  is  "foreign,"  and  platelets  attach  to  the  inside  surfaces, 
causing  blood  clots.  The  inside  surfaces  of  future  vascular  im- 

plants need  to  accommodate  a  lining  of  cells  that  do  not  attract 
or  attach  to  platelets.    12.45  In  order  for  skin  cells  in  a  culture 
medium  to  develop  into  synthetic  skin,  a  mechanical  matrix 
that  holds  the  cells  in  contact  with  one  another  must  be  pre- 

sent. The  matrix  must  be  strong,  biocompatible,  and 
biodegradable.  It  probably  has  polar  functional  groups  that 
form  hydrogen  bonds  with  biomolecules  in  the  tissue  cells. 
12.47  Silicon  is  the  semiconductor  of  choice  because  it  is  abun- 

dant, cheap,  nontoxic;  can  be  highly  purified;  and  grows  nearly 
perfect  enormous  crystals.    12.49  The  diameter  of  a  Si  atom  is 

2.22  A;  60  nm  =  2.7  X  102  Si  atoms.    12.51  A  1.1  eV  photon 
corresponds  to  a  wavelength  of  1.1  X  1CT6  m.  According  to  the 
figure,  Si  can  absorb  approximately  32%  of  the  wavelengths  in 
the  solar  spectrum  and  much  more  than  32%  of  the  flux. 
12.53  Both  an  ordinary  liquid  and  a  nematic  liquid  crystal 
phase  are  fluids;  they  are  converted  directly  to  the  solid  phase 
upon  cooling.  The  nematic  phase  is  cloudy  and  more  viscous 
than  an  ordinary  liquid.  Upon  heating,  the  nematic  phase  is 
converted  to  an  ordinary  liquid.    12.55  In  the  solid  state  the 
relative  orientation  of  the  molecules  is  fixed  and  repeating  in  all 
three  dimensions.  When  a  substance  changes  to  the  nematic  liq- 

uid crystalline  phase,  the  molecules  remain  aligned  in  one  di- 
mension; translational  motion  is  allowed,  but  rotational  motion 

is  restricted.  Transformation  to  the  isotropic  liquid  phase  de- 
stroys the  one-dimensional  order,  resulting  in  free  translational 

and  rotational  motion.    12.57  The  presence  of  polar  groups  or 

nonbonded  electron  pairs  leads  to  relatively  strong  dipole-di- 
pole  interactions  between  molecules.  These  are  a  significant 
part  of  the  orienting  forces  necessary  for  liquid  crystal  forma- 

tion.   12.59  In  the  nematic  phase  there  is  one-dimensional 
order,  while  in  a  smectic  phase  there  is  two-dimensional  order. 
In  a  smectic  phase  the  long  directions  of  the  molecules  and  the 
ends  of  the  molecules  are  aligned.    12.61  A  nematic  phase  is 
composed  of  sheets  of  molecules  aligned  along  their  lengths, 
with  no  additional  order  within  the  sheet  or  between  sheets.  A 

cholesteric  phase  also  contains  this  kind  of  sheet,  but  with  some 
ordering  between  sheets.    12.63  A  =  560  nm    12.65  If  a  solid 
has  nanoscale  dimensions  of  1-10  nm,  there  may  not  be  enough 
atoms  contributing  atomic  orbitals  to  produce  continuous  ener- 

gy bands  of  molecular  orbitals.    12.67  (a)  False.  As  particle  size 
decreases,  the  band  gap  increases,  (b)  False.  As  particle  size 
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decreases,  wavelength  decreases.    12.69  2.47  x  10"1  An  atoms 
12.72  A  dipole  moment  roughly  parallel  to  the  long  dimension 
of  the  molecule  would  cause  the  molecules  to  reorient  when  an 
electric  field  is  applied  perpendicular  to  the  usual  direction  of 
molecular  orientation.    12.77  At  the  temperature  where  a  sub- 

stance changes  from  the  solid  to  the  liquid  crystalline  phase,  ki- 
netic energy  sufficient  to  overcome  most  of  the  long-range 

order  in  the  solid  has  been  supplied.  A  relatively  small  increase 
in  temperature  is  required  to  overcome  the  remaining  aligning 
forces  and  produce  an  isotropic  liquid. 

12.81  TiCl4(x)  +  2SiH.,(x)   *  TiSi2(s)  +  4  HC\(g)  +  2  H2(g). 
As  a  ceramic,  TiSi2  will  have  a  three-dimensional  network 
structure  similar  to  that  of  Si.  At  the  surface  of  the  thin  film, 
there  will  beTi  and  Si  atoms  with  incomplete  valences  that  will 
chemically  bond  with  Si  atoms  on  the  surface  of  the  substrate. 
This  kind  of  bonding  would  not  be  possible  with  a  Cu  thin  film. 

12.83  (a)  AH  =  -82  kj/mol  C2H4  (b)  A//     -  14  kj/mol  (of  ei- 
ther reactant)  (c)  AH  =  0  k|    12.86  (a).v  =  0.22  (b)  Hg  and 

Cu  both  have  more  than  one  stable  oxidation  state.  If  different 

ions  in  the  solid  lattice  have  different  charges,  the  average 
charge  is  a  noninteger  value.  Ca  and  Ba  are  stable  only  in  the 
+2  oxidation  state  and  are  unlikely  to  have  noninteger  average 

charge,  (c)  Ba-'  is  largest;  Cu    is  smallest. 

Chapter  13 

13.1  The  ion-solvent  interaction  should  be  greater  for  Li  .  The 

smaller  ionic  radius  of  Li  *  means  that  the  ion-dipole  interactions 
with  polar  water  molecules  are  stronger.    13.6  Vitamin  B(1  is 
largely  water  soluble,  owing  to  its  extensive  possibilities  for  hy- 

drogen bonding  with  water.  Vitamin  E  is  largely  fat  soluble  due 
to  the  strong  dispersion  interactions  of  its  long,  rod-like  carbon 
chain.    13.9  In  //-octylglucoside,  the  eight-carbon  H-octyl  chain 
has  strong  dispersion  interactions  with  the  hydrophobic  protein. 

The  — OH  groups  on  the  glycoside  ring  form  strong  hydrogen 
bonds  with  water.  This  causes  the  glycoside  to  dissolve,  dragging 
the  protein  along  with  it.    13.11  If  the  magnitude  of  AH^,  is  small 
relative  to  the  magnitude  of  AH] ,  AHM,|n  will  be  large  and  en- 
dothermic  (energetically  unfavorable)  and  not  much  solute  will 
dissolve.    13.13  (a)  Dispersion  (b)  hydrogen  bonding  (c)  ion-di- 

pole (d)  dipole-dipole    13.15  (a)  AH]  (b)  AH3    13.17  (a)  Since 
the  solute  and  solvent  experience  very  similar  London  dispersion 
forces,  the  energy  required  to  separate  them  individually  and  the 
energy  released  when  they  are  mixed  are  approximately  equal. 
AH]  +  AH2      -AHv  Thus,  A HMl]n  is  nearly  zero,  (b)  Since  no 
strong  intermolecular  forces  prevent  the  molecules  from  mixing, 
they  do  so  spontaneously  because  of  the  increase  in  randomness. 
13.19  (a)  Supersaturated  (b)  Add  a  seed  crystal.  A  seed  crystal 
provides  a  nucleus  of  prealigned  molecules,  so  that  ordering  of 
the  dissolved  particles  (crystallization)  is  more  facile. 
13.21  (a)  Unsaturated  (b)  saturated  (c)  saturated  (d)  unsaturated 
13.23  The  liquids  water  and  glycerol  form  homogenous  mixtures 
(solutions)  regardless  of  the  relative  amounts  of  the  two  compo- 

nents. Tine  — OH  groups  of  glycerol  facilitate  strong  hydrogen 
bonding  similar  to  that  in  water;  like  dissolves  like. 

13.25  (a)  Dispersion  interactions  among  nonpolar  ChL((CH2)  |h — 
chains  dominate  the  properties  of  stearic  acid,  causing  it  to  be 
more  soluble  in  nonpolar  CC14 .  (b)  Dioxane  can  act  as  a  hydro- 

gen bond  acceptor,  so  it  will  be  more  soluble  than  cyclohexane  in 
water.    13.27  (a)  CC14  is  more  soluble  because  dispersion  forces 
among  nonpolar  CC14  molecules  are  similar  to  dispersion  forces 
in  hexane.  (b)  C,,Hh  is  a  nonpolar  hydrocarbon  and  will  be  more 
soluble  in  the  similarly  nonpolar  hexane.  (c)  The  long,  rod-like 
hydrocarbon  chain  of  octanoic  acid  forms  strong  dispersion  inter- 

actions and  causes  it  to  be  more  soluble  in  hexane. 
13.29  (a)  A  sealed  container  is  required  to  maintain  a  partial 

pressure  of  C02(y*)  greater  than  1  atm  above  the  beverage, 
(b)  Since  the  solubility  of  gases  increases  with  decreasing  tem- 

perature, some  C02(^)  will  remain  dissolved  in  the  beverage  if 

it  is  kept  cool.    13.31  SHe  =  3.6  X  lO"4  M,  SN  =  4.0  X  10  4  Al 
13.33  (a)  2.15".,  Na2S04  by  mass  (b)3.15ppmAg 

13.35  (a)XCH3OH  =  0-0427  (b)  7.35%  CH3OH  by  mass  (c)2.48/h 
CH^,OH    13.37  (a)  1.4b  <  10  2  M  Mg(N03)2  (b)  1.12A1 
LiC104-3  H20  (c)  0.350  Al  HN03    13.39  (a)  4.70  m  C6H6 
(b)  0.235  m  NaCl    13.41  (a)  43.01%  H2S04  by  mass 

(b)  Xh2so4  =  0.122  (c)  7.64  m  H2S04  (d)  5.827 M  H2S04 
13.43  (a)XCH3OH  =  0.227  (b)  7.16 m  CH3OH  (c)4.58M 
CEhOH    13.45  (a)0.150mol  SrBr^  (b)  1.56  ■  10  2  mol  KCI 
(C)  4.44  ,  H)  :  mol  C6H  [206    13.47  (a)  Weigh  out  1.3  g  KBr, 
dissolve  in  water,  dilute  with  stirring  to  0.75  L.  (b)  Weigh  out 
2.62  g  KBr,  dissolve  it  in  122.38  g  H20  to  make  exactly  125  g  of 
0.1  SO  m  solution,  (c)  Weigh  244  g  KBr  and  dissolve  in  enough 
H20  to  make  1.85  L solution,  (d)  Weigh  10.1  g  KBr,  dissolve  it 
in  a  small  amount  of  water,  and  dilute  to  0.568  L.    13.49  71".. 
HNO^  by  mass  ^  13.51  (a)  3.S2  //;  Zn  (b)  26.8  M  Zn 

13.53  1.8  x  10_3MCO2    13.55  Freezing  point  depression, 
AT/  =  Kf(m);  boiling  point  elevation,  AT;,  =  K[,(m);  osmotic 
pressure,  tt  =  MRT;  vapor  pressure  lowering,  PA  =  X  \  P  \ 
1 3.57  (a)  Sucrose  has  a  greater  molar  mass  than  glucose,  so  the 
sucrose  solution  will  contain  fewer  particles  and  have  a  higher 

vapor  pressure.    13.59  (a)  Ph2o  =  186.4  torr  (b)  78.9  g 
C3H802    13.61  (a)  X,  th  =  0.2812  (b)  Psoln  -  23S  torr  (c)  X,  th 
in  vapor  =  0.472    13.63  (a)  Because  NaCl  is  a  strong  elec- 

trolyte, one  mole  of  NaCl  produces  twice  as  many  dissolved 
particles  as  one  mole  of  the  molecular  solute  C,,H  i2Oh.  Boiling- 
point  elevation  is  directly  related  to  total  moles  of  dissolved 
particles,  so  0.10  m  NaCl  has  the  higher  boiling  point,  (b)  0.10  m 
NaCl:  AT,,  =  0.101°C,  Th  =  100.1°C;  0.10  m  C6H1206: 
AT/,  =  0.051°C,  Tj,  =  100. 1C  (c)  Interactions  between  ions  in 
solution  result  in  non-ideal  behavior.    13.65  0.050  Al 
Li  Br  <  0.120  M  glucose  <  0.050  M  Zn(N03)2 

13.67  (a)  Tj  =  -  1  i  5.0  C,  Tb  =  78.7  C  (b)  T,  =  -67.3  C, 
Tb  =  64.2' C  (c)T/  =    0.604  C,  Tb  =  100.2°C 
13.69  tt  =  0.0168  atm  -  12.7  torr    13.71  Molar  mass  of  adren- 

aline =  1.8  ■'  102g    13.73  Molar  mass  of  lysozyme  = 
1.39  x  104  g    13.75  (a)  /  =  2.76  (b)  The  more  concentrated  the 
solution,  the  greater  the  ion-pairing  and  the  smaller  the  mea- 

sured value  of  /.    13.77  (a)  In  the  gaseous  state,  particles  are 
far  apart  and  intermolecular  attractiv  e  forces  are  small.  When 
two  gases  combine,  all  terms  in  Equation  13.1  are  essentially 
zero  and  the  mixture  is  always  homogeneous,  (b)  To  deter- 

mine whether  Faraday's  dispersion  is  a  true  solution  or  a  col- 
loid, shine  a  beam  of  light  on  it.  It  light  is  scattered,  the 

dispersion  is  a  colloid.    13.79  (a)  Hydrophobic  (b)  hydrophilic 
(c)  hydrophobic  (d)  hydrophobic  (but  stabilized  by  adsorbed 
charges).    13.81  When  electrolytes  are  added  to  a  suspension  of 
proteins,  dissolved  ions  form  ion  pans  with  the  protein  surface 

charges,  effectively  neutralizing  them.  The  protein's  capacity  for 
ion-dipole  interactions  with  water  is  diminished  and  the  colloid 
separates  into  a  protein  layer  and  a  water  layer.    13.83  The  pe- 

riphery of  the  BHT  molecule  is  mostly  hydrocarbon-like  groups, 
such  as  — CH3.  The  one  — Ol  I  group  is  rather  buried  inside 
and  probably  does  little  to  enhance  solubility  in  water.  Thus, 
BHT  is  more  likely  to  be  soluble  in  the  nonpolar  h\  drocarbon 

hexane,  ChH,4,  than  in  polar  water.    13.85  (a)  I   ■   10  1  Al  O^ 
(b)  P0z  =  0.07  atm  =  60  torr   13.88  136ppmK     13.91  (a)  0.16 
m  Na  (b)  2.0  M  Na  (c)  Clearly,  molality  and  molarity  are  not  the 
same  for  this  amalgam.  Only  in  the  instance  that  one  kg  solvent 
and  the  mass  of  one  liter  of  solution  are  nearly  equal  do  the  two 
concentration  units  have  similar  \  alues. 
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13.95  Hg(N03)2,  z  =  2.83,  is  almost  completely  dissociated  into 
ions;  HgCl2,  i  =  1.00,  behaves  essentially  like  a  nonelectrolyte. 
Hg(N03)2  is  the  stronger  electrolyte.    13.98  n  «  14.  The  for- 

mula of  the  salt  is  LiC14H2902.    13.99  (a)  CF4,  1.7  x  10  4  m; 
CC1F3,9  x  10~4»/;CC12F2,2.3  x  UF2  m;  CHC1F2, 
3.5  x  10~~  m  (b)  Molality  and  molarity  are  numerically  similar when  kilograms  solvent  and  liters  solution  are  nearly  equal. 
This  is  true  when  solutions  are  dilute  and  when  the  density  of 
the  solvent  is  nearly  1  g/mL,  as  in  this  problem,  (c)  Water  is  a 
polar  solvent;  the  solubility  of  solutes  increases  as  their  polari- 

ty increases.  Nonpolar  CF4  has  the  lowest  solubility  and  the 
most  polar  fluorocarbon,  CHC1F2,  has  the  greatest  solubility  in 

H20.  (d)  The  Henry's  law  constant  for  CHC1F2  is 
3.5  x  10~~  mol/L-atm.  This  value  is  greater  than  the  Henry's 
law  constant  for  N2(g)  because  N2(g)  is  nonpolar  and  of  lower 
molecular  mass  than  CHC1F2. 
13.103 

(a)  cation  (g)  +  anion  (g)  +  solvent 

14.13 

lattice  energy 

Solvation  energy 

of  gaseous  ions 

Solution 

AH soln 

Ionic  solid  +  solvent 

(b)  Lattice  energy  (LZ)  is  inversely  related  to  the  distance  be- 
tween ions,  so  salts  with  large  cations  like  (CH3)4N  +  have 

smaller  lattice  energies  than  salts  with  simple  cations  like  Na+. 
Also,  the  — CH3  groups  in  the  large  cation  are  capable  of  dis- 

persion interactions  with  nonpolar  groups  of  the  solvent  mole- 
cules, resulting  in  a  more  negative  solvation  energy  of  the 

gaseous  ions.  Overall,  for  salts  with  larger  cations,  lattice  ener- 
gy is  smaller  (less  positive),  the  solvation  energy  of  the  gaseous 

ions  is  more  negative,  and  AHso[n  is  less  endothermic.  These 
salts  are  more  soluble  in  polar  nonaqueous  solvents. 
13.106  The  process  is  spontaneous  with  no  significant  change 
in  enthalpy,  so  we  suspect  that  there  is  an  increase  in  entropy. 
In  general,  dilute  solutions  of  the  same  solute  have  greater  en- 

tropy than  concentrated  ones,  because  the  solute  particles  are 
more  free  to  move  about  the  solution.  In  the  limiting  case  that 
the  more  dilute  solution  is  pure  solvent,  there  is  a  definite  in- 

crease in  entropy  as  the  concentrated  solution  is  diluted.  In 
Figure  13.23,  there  may  be  some  entropy  decrease  as  the  dilute 
solution  loses  solvent,  but  this  is  more  than  offset  by  the  en- 

tropy increase  that  accompanies  dilution.  There  is  a  net  in- 
crease in  entropy. 

Chapter  14 

14.1  (a)  Product  (b)  The  average  rate  of  reaction  is  greater  be- 
t  ween  points  1  and  2  because  they  are  earlier  in  the  reaction 
whin  the  concentrations  of  reactants  are  greater. 
14.3  (a)  x  =  0  (b)  x  =  2  (c)  x  =  3    14.5  (a)  The  half-life  is 
15  min  (b)  After  four  half-life  periods,  1/16  of  the  reactant  re- 

mains.   14.8  There  is  one  intermediate,  B,  and  two  transition 

states,  A  ►  B  and  B   >  C.  The  B   >  C  step  is  faster, 
and  the  overall  reaction  is  exothermic.    14.11  (a)  Reaction  rate 
is  the  change  1    i  he  amount  of  products  or  reactants  in  a  given 
amount  of  time.       Rates  depend  on  concentration  of  reac- 

tants, surface  area  o      ictants,  temperature,  and  presence  of 
catalyst,  (c)  The  stoich  >metry  of  the  reaction  (mole  ratios  of 
reactants  and  products)  .    1st  be  known  to  relate  rate  of  disap- 

pearance of  reactants  to  ra  •  of  appearance  of  products. 

Time  Mol  A 
(min) (a)  Mol  B [A] 

(mol/L) 

A[A] 

(mol/L) 
(b)  Rate (Mis) 

0 
0.065 

0.000  0.65 

1(1 

0.051 0.014  0.51 

-0.14 

2.3  x  10~4 

20 

0.042 0.023  0.42 

-0.09 

1.5  x  10  4 

30 
0.036 

0.029  0.36 

-0.06 

1.0  x  10  4 

40 

0.031 0.034  0.31 

-0.05 

0.8  x  10  4 (c)  A[B]avg/Af  = 
14.15  (a) =  1.3  x  10  4  M/s 

Time 
(s) 

Time  Concen- 
Interval  tration 
(s)  (M) A  M 

Rate 

(Mis) 

0 0.0165 

2,000 2,000 
0.0110 

-0.0055 

28      x  10" 

-7 

5,000 3,000 
0.00591 

-0.0051 

17     x  10" 

-7 

8,000 3,000 

0.00314 

-0.00277 

9.23  x  10" 

-7 

12,000 4,000 
0.00137 

-0.00177 

4.43  x  10" 

-7 

15,000 
3,000 

0.00074 

-0.00063 

2.1    x  10" 

-7 

(b)  From  the  slopes  of  the  tangents  to  the  graph,  the  rates  are 

12  x  10"7  M/s  at  5000  s,  5.8  X  10~7  M/s  at  8000  s. 
14.17  (a) 

1 

3.41  jVTV1 

A[H202]/At  =  A[H2]/At  =  A[02]/At 

(b)  A[N20]/Af  =  I  A[N2]/Af  =  A[02]/Af 
(c)  -A[N2]/Af  =  -  \  A[H2]/Af  =  \  A[NH3]Af 
14.19  (a)  -A[02]/Af  =  0.43  mol/s;  A[H20]/Af  =  0.85  mol/s 
(b)  Ptota]  decreases  by  12  torr/min    14.21  (a)  If  [A]  doubles, 
there  is  no  change  in  the  rate  or  the  rate  constant.  The  overall 
rate  is  unchanged  because  [A]  does  not  appear  in  the  rate  law; 
the  rate  constant  changes  only  with  a  change  in  temperature. 

(b)  The  reaction  is  zero  order  in  A,  second  order  in  B,  and  sec- 

ond order  overall,  (c)  units  of  k  =  M_1s_1  14.23 
(a)  Rate  =  Jfc[N205]  (b)  Rate  =  1.16  x  10~4  M/s  (c)  When  the concentration  of  N2Os  doubles,  the  rate  of  the  reaction  doubles. 

14.25  (a,  b)  k  =  1.7  x  10:  M'V1  (c)  If  [OH"]  is  tripled,  the 

rate  triples.    14.27  (a)  Rate  =  jt[OCr][F]  (b)  k  =  60  M_1s_1 
(c)  Rate  =  6.0  x  10"5  M/s    14.29  (a)  Rate  =  /c[BF3][NH3] 
(b)  The  reaction  is  second  order  overall,  (c)  fcavg 

(d)  0.170  M/s    14.31  (a)  Rate  =  J:[NO]2[Br2] 

(b)A:avg  =  1.2  X  104M"2s_1  (c)  \  A[NOBr]/Af  =  -  A[Br2]/Af 
(d)  -  A[Br2]/Af  =  8.4  M/s    14.33  (a)  [A]0  is  the  molar  concen- 

tration of  reactant  A  at  time  0.  [A]f  is  the  molar  concentration  of 
reactant  A  at  time  t.  f1/2  is  the  time  required  to  reduce  [A]o  by  a 
factor  of  2.  k  is  the  rate  constant  for  a  particular  reaction,  (b)  A 

graph  of  ln[A]  versus  time  yields  a  straight  line  for  a  first-order 

reaction.    14.35  (a)  k  =  3.0  X  10"6  s'1  (b)  f1/2  =  3.2  X  104  s 
14.37  (a)  P  =  20  torr  (b)  f  =  51  s    14.39  Plot  In  PSo2ci2  versus 

time,  k  =  -slope  =  2.19  X  W5  s"1    14.41  (a)  The  plot  of 
1/[A]  versus  time  is  linear,  so  the  reaction  is  second  order  in 

[A],  (b)  k  =  0.040  M^rnin"1  (c)  f1/2  =  38  min    14.43  (a)  The 
plot  of  1/[N02]  versus  time  is  linear,  so  the  reaction  is  second 

order  in  N02.  (b)  k  =  slope  =  10  M_1s_1    14.45  (a)  The  ener- 
gy of  the  collision  and  the  orientation  of  the  molecules  when 

they  collide  determine  whether  a  reaction  will  occur,  (b)  At  a 
higher  temperature,  there  are  more  total  collisions  and  each 

collision  is  more  energetic.    14.47  /  =  4.94  X  10"2.  At  400  K 
approximately  1  out  of  20  molecules  has  this  kinetic  energy. 
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14.49  (a) 

66  kj 

(b)  £„(reverse)     73  kj    14.51  Reaction  (b)  is  fastest  and  reaction 

(c)  is  slowest.    14.53  (a)k  =  1.1  s  1  (b)  k  =  4.9  s  1 
14.55  A  plot  of  In  A:  versus  1/T  has  a  slope  of  -5.71  ■  103; 
£„  =  -K(slope)  =  47.5kJ/mol.    14.57  The  reaction  will  occur  88 
times  faster  at  50  C,  assuming  equal  initial  concentrations. 
14.59  (a)  An  elementary  miction  is  a  process  that  occurs  in  a  single 
event;  the  order  is  given  by  the  coefficients  in  the  balanced  equation 
for  the  reaction,  (b)  A  unimolecular  elementary  reaction  invoh  es 

only  one  reactant  molecule;  a  bimolecular  elementary  reaction  in- 
volves two  reactant  molecules,  (c)  A  reaction  mechanism  is  a  series  of 

elementary  reactions  that  describe  how  an  overall  reaction  ik  curs 
and  explain  the  experimentally  determined  rate  law. 
14.61  (a)  Unimolecular,  rate  =  A[C12]  (b)  bimolecular, 
rate  =  A|OCl  ][H20]  (c) bimolecular, rate  =  fc[NO][Cl2] 
14.63  (a)  Two  intermediates,  B  and  C.  (b)  three  transition  states 

(c)  C   »  D  is  fastest,  (d)  endothermic 

14.65  (a)  H2(g)  +  2  ICl(g)   >  I2(g)  +  2  HCIfy)  (b)  I II  is  the  in- 
termediate, (c)  first  step:  rate  =  ̂ [H^UIO],  second  step: 

rate  =  A2|HI][ICI]  (d)  If  the  first  step  is  slow,  the  observed  rate  law 
is  rate  =  fc[H2][ICI].    14.67  (a)  Rate  =  A[NO][CI2]  (b)  The  second 
step  must  be  slow  relative  to  the  first  step.    14.69  (a )  A  catalyst  in- 

creases the  rate  of  reaction  by  decreasing  the  activation  energy,  /.„, 
or  increasing  the  frequency  factor,  A.  (b)  A  homogeneous  catalyst 
is  in  the  same  phase  as  the  reactants,  while  a  hetereogeneous  cata- 

lyst is  in  a  different  phase.    14.71  (a)  Multiply  the  coefficients  in 
the  first  reaction  by  2  and  sum.  (b)  N02(£)  is  a  catalyst  because  it  is 
consumed  and  then  reproduced  in  the  reaction  sequence,  (c)  This 
is  a  homogeneous  catalysis.    14.73  Use  of  chemically  stable  sup- 

ports makes  it  possible  to  obtain  very  large  surface  areas  per  unit 
mass  of  the  precious  metal  catalyst  because  the  metal  can  be  de- 

posited in  a  very  thin,  even  monomolecular,  layer  on  the  surface  of 
the  support.    14.75  To  put  two  D  atoms  on  a  single  carbon,  it  is 

necessary  that  one  of  the  already  existing  C  —  H  bonds  in  ethylene 
be  broken  while  the  molecule  is  adsorbed,  so  that  the  H  atom 
moves  off  as  an  adsorbed  atom  and  is  replaced  by  a  D  atom.  This 
requires  a  larger  activation  energy  than  simply  adsorbing  C2H4 
and  adding  one  D  atom  to  each  carbon.    14.77  (a)  Living  organ- 

isms operate  efficiently  in  a  very  narrow  temperature  range;  the 
role  of  enzymes  as  homogeneous  catalysts  that  speed  up  desirable 
reactions,  without  heating  and  undesirable  side  effects,  is  crucial 
for  biological  systems,  (b)  catalase:  2  H202   *  2  LLO  +  Q2; 
nitrogenase:  N2   *  2  NH3  (nitrogen  fixation)    14.79  (a)  The 
catalyzed  reaction  is  approximately  10,000,000  times  faster  at  2^  ( 
(b)  The  catalyzed  reaction  is  180,000  times  faster  at  125°C. 

14.81  A|CI  |/At  =  7.0  x  10~7M/s 
14.84  (a)  Rate  =  A[HgCl2][C2042  ]2  (b)  k  =  8.7  X  10  3  M  2s  1 

(c)  rate  =  4.3  X  10~6  M/s    14.87  (a)  A-  =  4.28  x  10  4  s  1 
(b)  [urea]  =  0.090  M  (c)  f1/2  =  1.62  x  103  s    14.91  A  plot  of  In  k 
versus  1/7  is  linear  with  slope  =  -1.751  x  III'. 
E„  =  -(slope)R  =  1.5  x  102  kj/mol. 
14.94  (a)Cl2(g)  +  CHClaC?)   "  HCl(g)  +  CCI4(X) 
(b)  C\(g),  CCl^')  (c)  reaction  1,  unimolecular;  reaction  2,  bimolecu- 

lar; reaction  3,  bimolecular  (d)  Reaction  2,  the  slow  step,  is  rate  de- 
termining. (e)Rate  =  fc[CHCl3][Cl2]'  2   14.96  Enzyme:  carbonic 

anhydrase;  substrate:  carbonic  acid  (H2CCh);  turnover  number: 
1  x  10'  molecules  s.    14.98  partial  pressure  of  02  =  0.402  atm 
14.100  (a)  Use  an  open-end  manometer,  a  clock,  a  ruler,  and  a  con- 

stant-temperature bath.  Load  the  flask  with  HC\(aq),  and  read  the 
height  of  the  Hg  in  both  arms  of  the  manometer.  Quickly  add  Zn(s) 
to  the  flask,  and  record  time  =  0  when  the  Zn(>)  contacts  the  acid. 
Record  the  height  of  the  Hg  in  one  arm  of  the  manometer  at  conve- 

nient time  intervals  such  as  3  s.  Calculate  the  pressure  of  H2(g)  at 
each  time.  Since  P  =  (n/V)RT,  AP  It  at  constant  temperature  is 
an  acceptable  measure  of  reaction  rate,  (b)  Keep  the  amount  of 
Zn(s)  constant,  and  vary  the  concentration  of  I  ICl((/i/)  to  determine 
the  reaction  order  for  H   and  CI  .  Keep  the  concentration  of 
HC1(<;</)  constant,  and  vary  the  amount  of  Zn(s)  to  determine  the 
order  for  Zn(s).  Combine  this  information  to  write  the  rate  law. 

(c)  -A[LT  I/Af  =  2  A[H2]/Af;  the  rate  of  disappearance  of  H  '  is 
twice  the  rate  of  appearance  of  H2(g).  [H2]  =  /'  RT  (d)B\  chang- 

ing the  temperature  of  the  constant-temperature  bath,  measure  the 
rate  data  at  several  temperatures  and  calculate  the  rate  constant  k  at 
these  temperatures.  Plot  In  k  versus  1/T;  the  slope  of  the  line  is 

-EJR.  (e)  Measure  rate  data  at  constant  temperature,  HCI  concen- 
tration, and  mass  of  Zn(s),  varying  only  the  form  of  the  Zn(s). 

Compare  the  rate  of  reaction  for  metal  strips  and  granules. 
14.103  Changes  in  temperature  change  the  kinetic  energy  of  the 
various  groups  on  the  enzyme  and  their  tendencj  to  form  intermol- 
ecular  associations  or  break  free  from  them.  At  temperatures  above 
the  temperature  of  maximum  activity,  sufficient  kinetic  energy  has 
been  imparted  so  that  the  three-dimensional  structure  of  the  en- 

zyme is  destroyed.  This  is  the  process  of  denaturation.  In  the  lock- 
and-key  model  of  enzyme  action,  the  active  site  is  the  specific 
location  in  the  enzyme  where  the  reaction  takes  place.  The  precise 
geometry  of  the  active  site  both  accommodates  and  activ  ates  the 
substrate.  When  an  enzyme  is  denatured,  its  activity  is  destroyed 
because  the  active  site  has  collapsed. 

Chapter  15 
15.1  ki  >  k,  (b)  The  equilibrium  constant  is  greater  than  1. 
15.4  (a)  A,  +  B   »  A-.B  (b)  K,  =  [A,B]/[A2][B]  (c)  A/;  -1 

(d)  Kp  =  Kl  ( RT)S"    15.7  (a)K,  =  2  (b)  increase 
15.9  (a)  Kp  =  K,  =  2.8  x  10  2  (b)  Since  k,  ■    k, ,  in  order  for  the 
two  rates  to  be  equal,  [A]  must  be  greater  than  [B],  and  the  partial 
pressure  of  A  is  greater  than  the  partial  pressure  of  B. 
15.11  (a)  The  law  of  mass  action  expresses  the  relationship  between 
the  concentrations  of  reactants  and  products  at  equilibrium  for  any 
reaction.  Kc  =  [NOBr2]/[N01[Br2]  (b)  The  equilibrium-constant  ex- 

pression is  an  algebraic  equation  where  the  variables  are  the  equi- 
librium concentrations  of  the  reactants  and  products  tor  a  specific 

chemical  reaction.  The  equilibrium  constant  is  a  number;  it  is  the 
ratio  calculated  from  the  equilibrium  expression  for  a  particular 
chemical  reaction,  (c)  Introduce  a  known  quantity  of  NOBr2(#) 
into  a  vessel  of  known  volume  at  constant  (known)  temperature. 
After  equilibrium  has  been  established,  measure  tin-  total  pressure 
in  the  flask.  Using  an  equilibrium  table,  calculate  equilibrium  pres- 

sures, concentrations,  and  the  value  of  K, . 

15.13  (a)K,  =  [N20][N02]/[NO]3;  homogeneous 
(b)  K,  =  [CS2][H2]4/[CH4][H2S]2;  homogeneous 
(c)  K,  =  [CO]4/[Ni(CO)4];  heterogeneous 
(d)  K,  =  |H'][F  ]/[HFJ;  homogeneous 
(e)  K(  -  [Ag  '|2/[Zn2*];  heterogeneous    15.15  (a)  Mostly  reac- 

tants (b)  mostly  products   15.17  Kp  =  1.0  x  10  1 
15.19  (a)K,  =  77  (b)  The  equilibrium  favors  NO  and  Br2atthis 

temperature.    15.21  (a)  Kp  -  0.541  (b)  Kp     3.42  (c)  K,  2MI 

15.23  K',  =  0.16    15.25  (a)  Kp  =  /'0,  (b)  The  molar  concentration, 
the  ratio  of  moles  of  a  substance  to  volume  occupied  by  the  sub- 

stance, is  a  constant  for  pure  solids  and  liquids. 
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15.27  K(  =  0.0184    15.29  Kp  =  51     15.31  (a)  [H2]  =  0.012  M, 
[N2]  =  0.01^  M,  [H20]  =  0.138  M  (b)  Kc  =  653.7  =  7  x  102 
15.33  (a)  PCo2  =  4.10 atm,  PHl  =  2.05  atm,  P]UO  =  3.28  atm 
(b)  PCQ2  =  3.87  atm,  PH2  =  1.82  atm,  PH,o  =  3.51  atm 
(c)  Kp  =  0.1 1    15.35  (a)  A  reaction  quotient  is  the  result  of  a 
general  set  of  concentrations  whereas  the  equilibrium  constant 
requires  equilibrium  concentrations,  (b)  to  the  right  (c)  The 
concentrations  used  to  calculate  Q  must  be  equilibrium  con- 

centrations.   15.37  (a)Q  =  1.1  x  10-8,  the  reaction  will  pro- 
ceed to  the  left,  (b)  Q  =  5.5  X  10    ,  the  reaction  will  proceed 

to  the  right,  (c)  Q  =  2.2  x  10    ,  the  mixture  is  at  equilibrium. 
15.39  Pd2  =  4.%  atm    15.41  (a)  [Br2]  =  0.00767  M, 
[Br]  =  0.00282  M,  0.0451  g  Br(g)  (b)  [H2]  =  0.014  M, 
[I2]  =  0.00859  M,  [HI]  =  0.081  M,  21  g  HI 
15.43  [NO]  =  0.002  M,  [N2]  =  [02]  =  0.099  M    15.45  The 

equilibrium  pressure  of  Br2(g)  is  0.416  atm.    15.47  (a)  [Ca2 '  ]  = 
[S042~]  =  4.9  x  10~3  M  (b)  A  bit  more  than  2.0  g  CaS04  is 
needed  in  order  to  have  some  undissolved  CaS04(s)  in  equilib- 

rium with  3.0  L  of  saturated  solution.    15.49  [IBr]  =  0.447  M, 
[I2]  =  [Br2]  =  0.0267  M    15.51  (a)  Shift  equilibrium  to  the 
right  (b)  decrease  the  value  of  K  (c)  shift  equilibrium  to  the 
left  (d)  no  effect  (e)  no  effect  (f)  shift  equilibrium  to  the  right 
15.53  (a)  No  effect  (b)  no  effect  (c)  increase  equilibrium  con- 

stant (d)  no  effect    15.55  (a)  AH0  =  -155.7  kj  (b)  The  reac- 
tion is  exothermic,  so  the  equilibrium  constant  will  decrease 

with  increasing  temperature,  (c)  A//  does  not  equal  zero,  so  a 
change  in  volume  at  constant  temperature  will  affect  the  frac- 

tion of  products  in  the  equilibrium  mixture. 

15.57  (a)  Kc  =  Kp  =  1.5  X  10~39  (b)  Reactants  are  much  more 
plentiful  than  products  at  equilibrium.    15.59  Kc  =  0.71 

15.62  (a)  P,  =  0.74  atm  (b)  Kp  =  0.40 

15.65  (a)  Kc  =  7.0  X  10~5  (b)  [PH3]  =  2.5  X  10~3  M 
15.68  (a)Q  =  1.7;  Q  >  Kp ;  the  reaction  will  shift  to  the  left. 
(b)  Q  =  1.7;  Q  >  Kp\  the  reaction  will  shift  to  the  left. 

(c)  Q  =  5.8  x  10"3;Q  <  Kp;  the  reaction  will  shift  to  the  right. 
15.71  The  maximum  value  of  Q  is  4.1,  which  is  less  than  Kp ;  re- 

duction will  occur.    15.74  Ph2  =  Pi2  =  1.48  atm;  PHi  =  10.22  atm 
15.77  The  patent  claim  is  false.  A  catalyst  does  not  alter  the  posi- 

tion of  equilibrium  in  a  system,  only  the  rate  of  approach  to  the 

equilibrium  condition.    15.78  (a)  (i)  Kc  =  [Na+]/[Ag+]  (ii) 
Kc  =  [Hg2+]3/[Al3+]2  (iii)  Kc  =  [Zn2+]  PHV[H+]2  (b)  Using  data 
from  Table  4.5:  (i)  Ag+  is  far  below  Na,  so  the  reaction  will  pro- 

ceed to  the  right  and  Kc  will  be  large,  (ii)  Al3+  is  above  Hg,  so  the 

reaction  will  not  proceed  to  the  right  and  Kc  will  be  small,  (iii)  H+ 
is  below  Zn,  so  the  reaction  will  proceed  to  the  right  and  Kc  will 
be  large,  (c)  Kc  <  1  for  this  reaction,  so  Cd  is  below  Fe. 
15.80  (a)  At  equilibrium,  the  forward  and  reverse  reactions  occur 
at  equal  rates,  (b)  Reactants  are  favored  at  equilibrium,  (c)  A  cata- 

lyst lowers  the  activation  energy  for  both  the  forward  arid  reverse 
reactions,  (d)  The  ratio  of  the  rate  constants  remains  unchanged, 
(e)  The  value  of  K  will  increase  with  increasing  temperature. 

15.83  At  850°C,  Kp  =  14.1;  at  950°C,  Kp  =  73.8;  at  1050°C, 
Kfl  =  2.7  x  102;  at  1200°C,  Kp  =  1.7  x  103.  Because  K  increases 
with  increasing  temperature,  the  reaction  is  endothermic. 

Chapter  16 

16.1  (a)  HX,  the  1 1   donor,  is  the  Bronsted-Lowry  acid.  NH3,  the 
1 1 1  acceptor,  is  the  Bronsted-Lowry  base,  (b)  HX,  the  electron 
pair  acceptor,  is  the  I  ewis  acid.  NH3,  the  electron  pair  donor,  is 
the  I  ewis  base.    16.5  (a)  The  order  of  base  strength  is  the  reverse 
of  the  order  of  acid  strength;  the  diagram  of  the  acid  with  the 

most  f  ree  1 1   has  the  weakest  conjugate  base  Y~.  The  order  of  in- 
creasing basicity  is:  Y    -   Z   <  X  .  (b)  The  strongest  base,  X", has  the  largest  Kh  value.    16.8  (a)  Both  molecules  are  oxyacids; 

the  ionizable  1 1  atom  is  attached  to  O.  The  right  molecule  is  a 
carboxylic  acid;  the  ionizable  H  is  part  of  a  carboxyl  group. 
(b)  Increasing  the  electronegativity  of  X  increases  the  strength  of 
both  acids.  As  X  becomes  more  electronegative  and  attracts  more 
electron  density,  the  O —  H  bond  becomes  weaker,  more  polar, 
and  more  likely  to  be  ionized.  An  electronegative  X  group  also 
stabilizes  the  anionic  conjugate  base,  causing  the  ionization  equi- 

librium to  favor  products  and  the  value  of  Kn  to  increase. 
16.11  Solutions  of  HCI  and  Tj2S04  conduct  electricity,  taste  sour, 
turn  litmus  paper  red  (are  acidic),  neutralize  solutions  of  bases, 
and  react  with  active  metals  to  form  H2(g).  HCI  and  H2S04  solu- 

tions have  these  properties  in  common  because  both  compounds 
are  strong  acids.  That  is,  they  both  dissociate  completely  in  H20 

to  form  H  '  (aq)  and  an  anion.  (HSO4  is  not  completely  dissociat- ed, but  the  first  dissociation  step  for  H2S04  is  complete.)  The 
presence  of  ions  enables  the  solutions  to  conduct  electricity;  the 

presence  of  H+(aq)  in  excess  of  1  X  10~7  M  accounts  for  all  other properties  listed.    16.13  (a)  The  Arrhenius  definition  of  an  acid  is 
confined  to  aqueous  solution;  the  Bronsted-Lowry  definition  ap- 

plies to  any  physical  state,  (b)  HCI  is  the  Bronsted-Lowry  acid; 
NH3  is  the  Bronsted-Lowry  base.    16.15  (a)  IO3"  (b)NH3 

(c)  HP042  (d)C7H502" 16.17 

Acid  + 
Base  

Conjugate Acid Conjugate 
Base 

(a)  NH4><7) 

(b)  H20(/) 
(c)  HCH02(a<7) 

CN" (aq) 

(CH3)3NH) P043  (aq) 

HCN(^) 

(CH3)3NH><7) 
hpo42-h) 

NH3(aq) OH~(aq) 

CHQ2'(aq) 

16.19  (a)  Acid:  HC204"(rt(j)  +  H20(/)         C2042~(aq)  + 
H30><7);  Base:  HC204_(fl^)  +  H20(/)  H2C204(fl</)  + 

OH(aq)  (b)  H2C204  is  the  conjugate  acid  of  HC204~.  C2042~  is 
the  conjugate  base  of  HC204~.    16.21  (a)  HN02,  weak  acid; 
N02~,  weak  base;  (b)  H2S04,  strong  acid;  HS04~,  negligible 
base  (c)  HP042  ,  weak  acid;  P043~,  weak  base  (d)  CH4,  negligi- 

ble acid;  CH3~  strong  base  (e)  CH3NH3+,  weak  acid;  CH3NH2, 
weak  base    16.23  (a)  HBr.  It  is  one  of  the  seven  strong  acids, 

(b)  F ~.  HCI  is  a  stronger  acid  than  HF,  so  F~  is  the  stronger  conju- 
gate base.    16.25  (a)  OH '(aq)  +  OH" '(aq),  the  equilibrium  lies  to 

the  right,  (b)  H2S(aq)  +  C2H302~(fli|),  the  equilibrium  lies  to  the 
right,  (c)  HN03((7(y)  +  OH~(aq),  the  equilibrium  lies  to  the  left. 16.27  (a)  Autoionization  is  the  ionization  of  a  neutral  molecule  into 

an  anion  and  a  cation.  The  equilibrium  expression  for  the  autoion- 

ization of  water  is  H20(/)  H+(aq)  +  OH~(aq).  (b)  Pure 
water  is  a  poor  conductor  of  electricity  because  it  contains  very 

few  ions,  (c)  If  a  solution  is  acidic,  it  contains  more  H+  than  OH". 
16.29  (a)[H+]  =  2.2  X  10"11  M,  basic  (b)  [H+]  =  1.1  X  10"6  M, 
acidic  (c)  [H+]  =  1.0  X  10~8M,  basic    16.31  [H+]  =  [OH"]  = 
3.5  X  10"8  M    16.33  (a)  [H+]  changes  by  a  factor  of  100. 
(b)  [H+]  changes  by  a  factor  of  3.2    16.35  (a)  [H+]  decreases,  pH 
increases  (b)  The  pH  is  between  3  and  4.  By  calculation, 

pH  =  3.2;  the  solution  is  acidic,  (c)  pH  =  5.2  is  between  pH  5 

and  pH  6,  closer  to  pH  =  5.  A  good  estimate  is  7  X  10~6  M  H+ 
and  3  X  10""  M  OH".  By  calculation,  [H+]  =  6  X  10"6  M  and 

[OH~]  =  2  X  10"g  M. 16.37 

Acidic  or 

[H  +  ] IOH 

"] 

pH 

pOH 

Basic 

7.5  x 

Id 

3  M 

1.3  x 

10" 

"12M 

2.12 

11.88 
acidic 

2.8  x 

10"
 

-  M 

3.6  x 

10"
 

"10  M 

4.56 
9.44 

acidic 

5.6  x Id 

l*M 

1.8  x 

10"
 

"6M 

8.25 5.75 
basic 

5.0  x 

10 

M 

2.0  x 

10"
 

"6  M 

8.30 5.70 basic 
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16.39  [H'l  =  4.0  x  10  'SM,  [OH "I  =  6.0  <  10  7  M, 
pOH  =  6.22    16.41  (a)  A  strong  acid  is  completely  dissociated 

into  ions  in  aqueous  solution.  (b)[H"l  =  0.500  M  (c)  HC1, 
HBr,  HI    16.43  (a)  [H[  =  8.5  x  10~3  M,  PH  =  2.07 
(b)[H+]  =  0.0419  M,pH  =  1.377  (c)[H  j  =  0.0250  M, 
pH  =  1.602  (d)[H+j  =  0.167  M,  pH  =  0.778 
16.45  (a)  [OH  |  =  3.0  x  10  1  M,  pH  =  11.48 
(b)  [OH  ]  =  0.3758  M,  pH  =  13.5750 

(c)  [OH~]  =  8.75  x  10"  ̂   M,  pH  =  9.942  (d)  [OH  ]  =  0.17  M, 
pH  =  13.23  16.47  3.2  x  10  3  M  NaOH  16.49  pH  -  13.400 

16.51    (a)  HBr02(fl(/)         H  '  (aq)  +  BrO:  (aq), 
Ka  =  [H+][Br02  ]/[HBr02]; 
HBr02((?(/)  +  H20(/)  =±  H30+(aq)  +  Br02  (aq), 
Ka  =  [H30+][Br02  [/[HBr02]  (b)  HC3H502(^)  H  (aq) 

+  C3H5O2  (aq),  Ka  =  [H+][C3H502"]/[HC3H502]; 
HC3Hs02(mj)  +  H20(/)  H-,0*(mj)  +  C3H^02  (aq), 
Ka  =  [H36+][C3Hsb2  ]/[HC3H502]    16.53  Ka  =  1.4  ■  10  4 
16.55  [H  ]  =  [ClCH2COO  ]  =  0.0110  M, 

[ClCH2COOH]  =  0.089  M,  Ka  =  1.4  X  10~3.    16.57  0.089  M 
HC2H302    16.59  [H  ]  =  [C7H502~]  =  1.8  x  10  1  M, 
[HC7H562]  =  0.048  M    16.61  (a)  [H+]  =  1.1  x  10"3M, 
pH  =  2.95  (b)  [H*]  =  1.7  x  10  4  M,  pH  =  3.76 
(c)  [OH"]  =  1.4  x  10  s  A/1,  pH  =  9.15 
16.63  [H+]  =  2.0  x  10  2  M,  pH  =  1.71 
16.65  (a)  [H'|  =  2.8  x  10~3  M,  0.69%  ionization 
(b)  [H+]  =  1.4  x  10~3  M,  1.4%  ionization 
(c)  [H+]  =  8.7  x  10  4  M,  2.2%  ionization 

16.67  HX(aq)         H+(aq)  +  X  (aq);  Ka  =  [H*][X~]/[HX[.  As- 
sume that  the  percent  of  acid  that  ionizes  is  small.  Let  [H  * )  = 

[X-]  =  y.  Ka  =  y2/[HX];  y  =  K„1/2[HX],/2.  Percent  ionization  = 
y/[HX]  x  100.  Substituting  for  y,  percent  ionization  = 
100  V/2[HX]1/2/[HX]  or  100  Krt1/2/[HX]i/2.  That  is,  percent 
ionization  varies  inversely  as  the  square  root  of  the  concentra- 

tion of  HX.    16.69  [H+]  =  5.72  x  10~3  M,  pH  =  2.24, 
[HC6H  5073~]  =  1.2  X  10~9  M.  The  ap- proximation that  the  first  ionization  is  less  than  5%,  of  the  total 
acid  concentration  is  not  valid;  the  quadratic  equation  must  be 

solved.  The  [H+]  produced  from  the  second  and  third  ioniza- 
tions is  small  with  respect  to  that  present  from  the  first  step; 

the  second  and  third  ionizations  can  be  neglected  when  calcu- 

lating the  [H+]  and  pH.    16.71  All  Bronsted-Lowrv  bases  con- 
tain at  least  one  unshared  (lone)  pair  of  electrons  to  attract  H  ' . 

16.73  (a)  (CH3)2NH((7<7)  +  H20(/)  (CH3)2NH2+((?</)  + 

OH"(<!<7);  Kb  =  [(CH3)2NH2i][OH"]/[(CH3)2NH| 
(b)  C032"(<7<7)  +  H20(/)  =^  HC03  (aq)  +  OH  (aq); 
Kb  =  [HC03  ][OH]/[(C032] 

(c)  CH02~H)  +  H20(/)         HCH02(<7,/)  +  OH  (aq); 
Kb  =  [HCH02][OH"]/[CH02"]    16.75  From  the  quadratic  for- 

mula, [OH  ]  =  6.6  x  10  3  M,  pH  =  11.82. 
16.77  (a)  [CU)HlsON]  =  0.033  M,  [QoH^ONH*]  = 
[OH  ]  =  2.1  X  10  3  M  (b)  Kb  =  1.4  X  10"4    16.79  fa)  For  a 
conjugate  acid/conjugate  base  pair  such  as  ChHsOH/CbHsO 
Kb  for  the  conjugate  base  can  always  be  calculated  from  K„  for 
the  conjugate  acid,  so  a  separate  list  of  Kb  values  is  not  neces- 

sary, (b)  Kb  =  7.7  x  10-5  (c)  Phenolate  is  a  stronger  base  than 
NH3.    16.81  (a)  Acetic  acid  is  stronger,  (b)  Hypochlorite  ion 

is  the  stronger  base,  (c)  Kb  for  C2H302"  =  5.6  X  10  '",  Kb  for 
CIO"  =  3.3  X  10"7    16.83  (a)  [OH  ]  =  1.4  X  10~3  M, 
pH  =  11.15  (b)[OH~]  =  3.8  x  10~3M,  pH  =  11.58 
(c)  [N02~]  =  0.50  M,  [OH-]  =  3.3  x  10"6  M,  pH  8.52 16.85  (a)  Acidic  (b)  acidic  (c)  basic  (d)  neutral  (e)  acidic 

16.87  The  unknown  is  NaF.    16.89  [OH  ]  =  5.0  x  10  hM, 
pH  =  8.70    16.91  (a)  As  the  electronegativity  of  the  central 
atom  (X)  increases,  the  strength  of  the  oxyacid  increases. 

(b)  As  the  number  of  nonprotonated  oxygen  atoms  in  the  mole- 
cule increases,  the  strength  of  the  oxyacid  increases. 

16.93  (a)  HN03  is  a  stronger  acid  because  it  has  one  more  non- 
protonated oxygen  atom  and  thus  a  higher  oxidation  number 

on  N.  (b)  For  binary  hydrides,  acid  strength  increases  going 
down  a  family  so  H2S  is  a  stronger  acid  than  H20.  (c)  FI2SO; 

is  a  stronger  acid  because  HT  is  much  more  tightly  held  by  the 
anion  HSO4  .  (d)  For  oxyacids,  the  greater  the  electronegativi- 

ty of  the  central  atom,  the  stronger  the  acid,  so  H2S04  is  the 

stronger  acid,  (e)  CCl3COOH  is  stronger  because  the  elec- 
tronegative CI  atoms  withdraw  electron  density  from  other 

parts  of  the  molecule,  which  weakens  the  O  —  H  bond  and  sta- 
bilizes the  anionic  conjugate  base.  Both  effects  favor  increased 

ionization  and  acid  strength.    16.95  (a)  BrO    (b)  BrO 

(c)  HP042~    16.97  (a)  True  (b)  False.  In  a  series  of  acids  that have  the  same  central  atom,  acid  strength  increases  with  the 
number  of  nonprotonated  oxygen  atoms  bonded  to  the  central 
atom,  (c)  False.  H2Te  is  a  stronger  acid  than  H2S  because  the 

H  —  Te  bond  is  longer,  weaker,  and  more  easily  ionized  than 
the  H  —  S  bond.    16.99  Yes.  The  Arrhenius  definition  of  a 

base,  an  OH~(aq)  donor,  is  most  restrictive;  the  Brensted  defini- 
tion, an  H  *  acceptor,  is  more  general;  and  the  Lewis  definition, 

an  electron-pair  donor,  is  most  general.  Any  substance  that  fits 
the  narrow  Arrhenius  definition  will  tit  the  broader  Bronsted 

and  Lewis  definitions.    16.101  (a)  Acid,  Fe(C104)3  or  Fe3"; 
base,  H20  (b)  Acid,  H20;  base,  CN    (c)  Acid,  BF,;  base,  (CH3)3N 

(d)  Acid",  HIO;  base,  NH2     16.103  (a)  Cu2+,  higher  cation 
charge  (b)  Fe3+,  higher  cation  charge  (c)  AL',  smaller  cation radius,  same  charge    16.105  (a)  Kw  is  the  equilibrium  constant 
for  the  reaction  of  two  water  molecules  to  form  hvdronium  ion 

and  hydroxide  ion.  (b)  K„  is  the  equilibrium  constant  for  the  re- 
action of  any  acid,  neutral  or  ionic,  with  water  to  form  hvdroni- 

um ion  and  the  conjugate  base  of  the  acid,  (c)  pOH  is  the 
negative  log  of  hydroxide  ion  concentration;  pOH  decreases  as 
hydroxide  ion  concentration  increases.    16.107  (a)  A  higher  02 

concentration  displaces  protons  from  HbH  ',  producing  a  more 
acidic  solution  with  lower  pH  in  the  lungs  than  in  the  tissues. 

(b)  basic  (c)  A  high  [H  *  ]  shifts  the  equilibrium  toward  the  pro- 
ton-bound form  HbH  '.  This  results  in  a  lower  concentration  of 

Hb02  in  the  blood  and  impedes  the  ability  of  hemoglobin  to 

transport  oxygen.    16.110  Ka  =  1.4  •  10  5 
16.113  [H+]  =  0.010  M,  [H2P04  1  =  0.010  A/1, 
[HP04:  ]  =  6.2  X  10  8M,[P043  ]  =  2.6  x  10  18  M 
16.117  6.0  x  1013  H  *  ions    16.120  (a)  To  the  precision  of  the 
reported  data,  the  pH  of  rainwater  40  years  ago  was  5.4,  no 
different  from  the  pH  today  With  extra  significant  figures, 

[H  ]  =  3.63  x  10"'*  M,  pH  =  5.440.  (b)  A  20.0-1  bucket  of 
today's  rainwater  contains  0.02  L  (with  extra  significant  fig- 

ures," 0.0200  L)  of  dissolved  CO:.    16.123  [cocaine] 
2.93  x  10  3M,  [OH~]  =  3.4  x  10  6  M,  Kb  =  3.9  X  10  9 
16.125  (a)  K(i)  =  5.6  X  103,  K(ii)  =  10  (b)  Both  (i)and  di) 
have  K  >  1,  so  both  could  be  written  with  a  single  arrow. 

Chapter  17 
17.1  The  middle  box  has  the  highest  pH.  l  or  equal  amounts  of 
acid  HX,  the  greater  the  amount  of  conjugate  base  X  ,  the 

smaller  the  amount  of  H  '  and  the  higher  the  pi  I. 
17.3  (a)  Drawing  3  (b)  Drawing  1  (c)  Drawing  2    17.6  AgY 
17.9  (a)  The  extent  of  ionization  of  a  weak  electrolyte  is  de- 

creased when  a  strong  electrolyte  containing  an  ion  in  common 
with  the  weak  electrolyte  is  added  to  it.  (b)  NaN02  17.11 
(a)  pH  increases  (b)  pH  decreases  (c)  pH  increases  (d)  no 

change  (e)  pH  decreases  17.13  (a)[H  '|  =  1.8  x  10  1  M, 
pH  =  4.73  (b)  [OH  ]  =  4.8  X  10~5  M,  pH  =  9.68 
(c)  [H+]  =  1.4  x  10  s  M,  pH  =  4.87    17.15  (a)  4.5%  ionization 
(b)  0.018%  ionization  17.17  In  a  mixture  of  I IC2H302  and 
NaC2H302,  HC2H302  reacts  with  added  base  and  C2H302 
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combines  with  addedacid,  leaving  [H  '  ]  relatively  un<  hanged.  Al- 
though HC1  and  Cl~  are  a  conjugate  acid-base  pair,  CI   lias  no tendency  to  combine  with  added  acid  to  form  undissociated  HC1. 

Any  added  acid  simply  increases  [H^  ]  in  an  HCl-NaCl  mixture. 
17.19  (a)  pH  =  3.82  (b)  pH  =  3.96    17.21  (a)  pH  -  4.60 

(b)  Na+(aq)  +  C2H302~(fl<^  +  H+(aq)  +  C\'(aq)   > 
"  HC2H302(tf<?)  +  Na "((/(/J  +  CI  (aq) 

(c)  HC2H302(rt</)  +  Na+(«<7)  +  OH~(aq)   > 
C2H3O2  (aq)  +  H20(/)  +  Na+(^) 

17.23  0.18  mol  NaBrO    17.25  (a)  pH  =  4.86  (b)  pH  =  5.0 

(c)  pH  =  4.71    17.27  (a)  [HC03_]/[H2C03]  =  11 
(b)  [HCOr]/[H2C03']  =  5.4    17.29  360  mL  of  0.10  M  NjfCH02, 
640  mL  of  0.10  M  HCH02    17.31  (a)  Curve  B  (b)  pH  at  the  ap- 

proximate equivalence  point  of  curve  A  =  8.0,  pH  at  the  ap- 
proximate equivalence  point  of  curve  B  =  7.0  (c)  For  equal 

volumes  of  A  and  B,  the  concentration  of  acid  B  is  greater,  since 
it  requires  a  larger  volume  of  base  to  reach  the  equivalence 
point.    17.33  (a)  Above  pH  7  (b)  below  pH  7  (c)  at  pH  7 
17.35  (a)  HX  is  weaker.  The  higher  the  pH  at  the  equivalence 
point,  the  stronger  the  conjugate  base  (X  )  and  the  weaker  the 
conjugate  acid  HX.  (b)  Phenolphthalein,  which  changes  color 
in  the  pH  8-10  range,  is  perfect  for  HX  and  probably  appropri- 

ate for  HY.    17.37  (a)  42.4  mL  NaOH  soln  (b)  35.0  mL  NaOH 

soln  (c)  29.8  mL  NaOH  soln    17.39  (a)  pH  =  1.54 
(b)  pH  =  3.30  (c)  pH  =  7.00  (d)  pH  =  10.69  (e)  pH  =  12.74 
17.41  (a)  pH  =  2.78  (b)  pH  =  4.74  (c)  pH  =  6.58 
(d)  pH  =  8.81  (e)pH  =  11.03  (f)  pH  =  12.42 
17.43  (a)  pH  =  7.00  (b)  [HONH-f  ]  =  0.100  M,  pH  =  3.52 

(c)  [C6H5NH3+]  =  0.100  M,  pH  =  2.82    17.45  (a)  The  concen- 
tration of  undissolved  solid  does  not  appear  in  the  solubility 

product  expression  because  it  is  constant,  (b)  Ks„  =  [Ag+][I~]; 

Ksp  =  [Sr2+][S042-];  Ksp  =  [Fe2+][OH"]2;  Ksp  =  [Hg22+][Br-]2; 

17.47  (a)  Ksp  =  7.63  x  10"g  (b)  Ksp  =  2.7  x  10~4 

(c)  5.3  x  l(T4mol  Ba(I03)2/L    17.49  Ksp  =  2.3  x  10"4 
17.51  (a)  7.1  x  10~7mol  AgBr/L  (b)  1.7  x  IQ~U  mol  AgBr/L 
(c)  5.0  x  1(T12  mol  AgBr/L    17.53  (a)  1.4  x  103  g  Mn(OH)2/L 

(b)  0.014  g/L  (c)3.6  x  10~7g/L    17.55  More  soluble  in  acid: 
(a)ZnC03  (b)ZnS  (d)AgCN  (e)Ba3(P04)2 

17.57  [Cu2+]  =  2  X  10^12  M    17.59  K  =  Ksp  X  Kf  =  8  X  104 
17.61  (a)Q  <  Ksp;  no  Ca(OH)2  precipitates  (a)  Q  <  Ksp;no 
Ag2S04  precipitates    17.63  pH  =  11.5    17.65  Agl  will  pre- 

cipitate first,  at  [I]  =  4.2  X  10~13  M.    17.67  The  first  two 
experiments  eliminate  group  1  and  2  ions  (Figure  17.22).  The 
absence  of  insoluble  carbonate  precipitates  in  the  filtrate  from 
the  third  experiment  rules  out  group  4  ions.  The  ions  that 

might  be  in  the  sample  are  those  from  group  3,  Al   ,  Fe  +, 
Zn2+,  Cr3+,  Ni2',  Co2*,  or  Mn2",  and  from  group  5,  NH4+,  Na', 
or  K*.    17.69  (a)  Make  the  solution  acidic  with  0.5  M  HC1;  sat- 

urate with  H2S.  CdS  will  precipitate;  ZnS  will  not.  (b)  Add  ex- 

cess base;  Fe(OH)3(s)  precipitates,  but  Cr3+  forms  the  soluble 
complex  Cr(OH)4  .  (c)  Add  (NH4)2HP04;  Mg2+  precipitates 
as  MgNH4P04;  K+  remains  soluble,  (d)  Add  6  M  HC1;  precipi- 

tate Ag+ as  AgCl(s);  Mn2+ remains  soluble.    17.71  (a)  Base  is 
required  to  increase  [P04 1  ]  so  that  the  solubility  product  of 
the  metal  phosphates  of  interest  is  exceeded  and  the  phosphate 
salts  precipitate,  (b)  K^,  for  the  cations  in  group  3  is  much 

larger,  and  so  to  exceed  Ksp,  a  higher  [S2~]  is  required,  (c)  They 
should  all  redissolve  in  strongly  acidic  solution. 
17.73  (a)  pH  =  3.025  (b)  pH  =  2.938  (c)  pH  =  12.862 
17.76  (a)  pH  of  buffer  A  =  pH  of  buffer  B  =  3.74.  For  buffers 
containing  the  same  conjugate  acid  and  base  components,  the 

pH  is  determined  by  the  ratio  of  concentrations  of  conjugate 
acid  and  base.  Butters  A  and  B  have  the  same  ratio  of  concen- 

trations, so  their  pH  values  are  equal,  (b)  Buffer  capacity  is  de- 
termined by  the  absolute  amount  of  buffer  components 

available  to  absorb  strong  acid  or  strong  base.  Buffer  A  has  the 
greater  capacity  because  it  contains  the  greater  absolute  con- 

centrations of  HCH02  and  CH02  .  (c)  Buffer  A:  pH  =  3.74, 
ApH  =  0.00;  buffer  B:  pH  =  3.66,  ApH  =  -0.12  (d)  Buffer  A: 
pH  =  3.74,  ApH  =  0.00;  buffer  B:  pH  =  2.74,  ApH  =  -1.00 
(e)  The  results  of  parts  (c)  and  (d)  are  quantitative  confirmation 
that  buffer  A  has  a  significantly  greater  capacity  than  buffer  B. 

17.78  (a)  molar  mass  =  82.2  g/mol  (b)  Ka  =  3.8  X  10~7 
17.81  (a)  [OH  ]  =  4.23  x  10  3  M,  pH  =  11.63  (b)  It  will  re- 

quire 40.00  mL  of  0.100  M  HCI  to  reach  the  first  equivalence 
point;  HC03  is  the  predominant  species  at  this  point,  (c)  An 
additional  40.00  mL  are  required  to  form  H2C03,  the  predomi- 

nant species  at  the  second  equivalence  point. 

(d)  [H"]  =  1.2  x  1(T4M,  pH  =  3.92    17.84  1.6  L  of  1.0  M 
NaOH    17.87  (a)  CdS  (b)  BaCrOj  (c)  NiC03  (d)  Ag2S04 

17.90  [KMn04]  =  [Mn04~]  =  0.11  M 
17.93  [OH-]  =  1.7  x  l(Tn  M,  pH  of  the  buffer  =  3.22 
17.96  (a)  H+(aq)  +  CH02~(aq)  HCH02H) 
(b)  K  =  5.6  x  103  (c)  [Na+]  =  [CP]  =  0.075  M,  [H+]  = 

[HCH02~]  =  3.7  x  10  3  M,  [HCH02]  =  0.071  M 

17.98  [NH4~]  =  0.40  M,  [NH3]  =  0.20  M,  pH  =  8.95 

17.101  [Sr2*]  =  [S042~]  =  5.7  x  1(T4  M,  Ksp  =  3.2  X  10"7 

Chapter  18 
18.1  A  greater  volume  than  22.4  L  (b)  The  gas  will  occupy  more 
volume  at  85  km  than  at  50  km.    18.3  Ozone  concentration  varies 
with  altitude  because  conditions  favorable  to  ozone  formation 

and  unfavorable  to  its  decomposition  vary  with  altitude.  Above 
60  km,  there  are  too  few  02  molecules.  Below  30  km,  there  are  too 
few  O  atoms.  Between  30  km  and  60  km,  03  concentration  varies 

depending  on  the  concentrations  of  O,  02  and  M*. 
18.5  COj(g)  dissolves  in  seawater  to  form  H2C03(<7(]).  Carbon  is 
removed  from  the  ocean  as  CaC03(s)  in  the  form  of  sea  shells, 
coral,  and  other  carbonates.  As  carbon  is  removed,  more  CO?(g) 

dissolves  to  maintain  the  balance  of  complex  and  interacting  acid- 
base  and  precipitation  equilibria.    18.7  The  guiding  principle  of 
green  chemistry  is  that  processes  should  be  designed  to  minimize 

or  eliminate  solvents  and  waste,  generate  nontoxic  waste,  be  ener- 

gy efficient,  employ  renewable  starting  materials,  and  take  advan- 
tage of  catalysts  that  enable  the  use  of  safe  and  common  reagents. 

18.9  (a)  Its  temperature  profile  (b)  troposphere,  0  to  12  km; 
stratosphere,  12  to  50  km;  mesosphere,  50  to  85  km;  thermosphere, 

85  to  110  km    18.11  The  partial  pressure  of  O3  is  3.0  X  10~7  atm 
(2.2  X  10~4torr).    18.13  8.4  X  1016  CO  molecules 
18.15  570  nm    18.17  (a)  Photodissociatkm  is  cleavage  of  a  bond 

such  that  two  neutral  species  are  produced.  Photoionizadon  is  ab- 
sorption of  a  photon  with  sufficient  energy  to  eject  an  electron,  pro- 

ducing an  ion  and  the  ejected  electron,  (b)  Photoionization  of  02 
requires  1205  kj/mol.  Photodissociation  requires  only  495  kj/mol. 
At  lower  elevations,  high-energy  short-wavelength  solar  radiation 
has  already  been  absorbed.  Below  90  km,  the  increased  concentra- 

tion of  02  and  the  availability  of  longer  wavelength  radiation 
cause  the  photodissociation  process  to  dominate. 

18.19  A  hydrofluorocarbon  is  a  compound  that  contains  hydro- 
gen, fluorine,  and  carbon;  it  contains  hydrogen  in  place  of  chlorine. 

HFCs  are  potentially  less  harmful  than  CFCs  because  photodisso- 
ciation does  not  produce  CI  atoms,  which  catalyze  the  destruction 
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of  ozone.    18.21  (a)  The  C  —  F  bond  requires  more  energy  for 
dissociation  than  the  C  —  CI  bond  and  is  not  readily  cleaved  by 
the  available  wav  elengths  of  UV  light,  (b)  Chlorine  is  present  as 
chlorine  atoms  and  chlorine  oxide  molecules,  CI  and  CIO,  respec- 

tively.   18.23  (a)  Methane,  CH4 ,  arises  from  decomposition  of  or- 
ganic matter  by  certain  microorganisms;  it  also  escapes  from 

underground  gas  deposits,  (b)  SO;  is  released  in  volcanic  gases 
and  also  is  produced  by  bacterial  action  on  decomposing  vegetable 
and  animal  matter,  (c)  Nitric  oxide,  NO,  results  from  oxidation  of 
decomposing  organic  matter  and  is  formed  in  lightning  flashes, 
(d)  CO  is  a  possible  product  of  some  vegetable  matter  decay. 
18.25  (a)H2S04(mj)  +  CaC03(s)   >  CaS04(s)  +  H20(/)  + 
C02(g)  (b)  The  CaS04(s)  would  be  much  less  reactiv  e  with  acidic 
solution,  since  it  would  require  a  strongly  acidic  solution  to  shift 
the  relevant  equilibrium  to  the  right. 

CaS04(s)  +  2  H+(aq)  =^  Ca2'^)  +  2  HSO4  (aq) 
18.27  (a)  Ultraviolet  (b)  357  kj/mol  (c)  The  average  C  —  H  bond 
energy  from  Table  8.4  is  41 3  kj/mol.  The  C  —  H  bond  energy  in 
CPhO,  357  kj/mol,  is  less  than  the  "average"  C  —  H  bond  energv. 
(d)       :o:  :0: 

H— C— H 

lw< 

H— O 

I  [■ 

18.29  Incoming  and  outgoing  energies  are  in  different  regions 

of  the  electromagnetic  spectrum.  C02  is  transparent  to  incom- 
ing visible  radiation  but  absorbs  outgoing  infrared  radiation. 

18.31  0.099  MNa*  18.33  4.361  X  105gCaO  18.35  The  min- 
imum pressure  required  to  initiate  reverse  osmosis  is  greater 

than  5.1  atm.  18.37  (a)  C02(g),  HCO-T,  H20(/),  S042~  N03" 
HPO42-,  H2P04~  (b)  CH4(g),  H2S(g),  NH3(g),  PH3(g) 
18.39  2.5 g02   18.41  Mg2></)  +  Ca(OH)2(s)   >  Mg(OH)2(s) 
+  C&2+{aq)    18.43  0.42  mol  Ca(OH)2,  0.18  mol  Na2C03 
18.45  4  FeS04((7(j)  +  0->(aq)  +  2  H->0(/) 

,3+ 

4  Fe 

(aq)  + 4  OH"  +4S04z"(«j);  Fe*+(aq)  +  3  HCO3 (aq)   •  Fe(OH)3(s) 
+  3  C02(g)    18.47  The  fewer  steps  in  a  process,  the  less  waste  is 
generated.  Processes  with  fewer  steps  require  less  energy  at  the 
site  of  the  process,  and  for  subsequent  cleanup  or  disposal  of 
waste.    18.49  (a)  H20  (b)  It  is  better  to  prevent  waste  than  to 
treat  it.  Produce  as  little  nontoxic  waste  as  possible.  Chemical 
processes  should  be  efficient.  Raw  materials  should  be  renew- 

able.   18.51  (a)  Acid  rain  is  rain  with  a  larger  [FT]  and  a  lower 

pH  than  expected.  The  additional  H+  is  produced  by  the  disso- 
lution of  sulfur  and  nitrogen  oxides  in  rain  droplets  to  form 

sulfuric  and  nitric  acid,  (b)  A  greenhouse  gas  such  as  C02  or 

H20  absorbs  infrared  or  "heat"  radiation  emitted  from  Earth's 
surface  and  helps  to  maintain  a  relatively  constant  temperature 
at  the  surface.  A  significant  build-up  of  greenhouse  gases  in  the 
atmosphere  could  cause  a  corresponding  increase  in  the  aver- 

age surface  temperature  and  stimulate  global  climate  change, 
(c)  Photochemical  smog  is  an  unpleasant  collection  of  atmos- 

pheric pollutants  initiated  by  photochemical  dissociation  of 
N02  to  form  NO  and  O  atoms.  The  major  components  are 
NO(£),  N02(g),  CO(g),  03(g),  and  unburned  hydrocarbons 
from  gasoline,  (d)  Ozone  depletion  is  the  loss  of  stratospheric 
ozone  due  to  reactions  between  03  and  CI.  Insufficient  strato- 

spheric ozone  allows  damaging  ultraviolet  radiation  to  reach 
our  ecosystem.    18.55  (a)  Photodissociation  of  CBrF3  to  form 
Br  atoms  requires  less  energy  than  the  production  of  CI  atoms 
and  should  occur  readily  in  the  stratosphere. 

(b)  CBrF3(g)         CF,(v)  +  Br(g);  Bi(g)  +  03(g)   ■>  BrO(g)  + 
02(g)    18.57  The  formation  of  NO(#)  is  endothermic,  so  K  in- 

creases with  increasing  temperature.  The  oxidation  of  NO(g)  to 

N02(g)  is  exothermic,  so  the  value  of  K  decreases  with  increas- 
ing temperature.    18.59  (a)  CH4(g)  +  2  02(g)   *  C02(g)  + 

2  H2Q(g)  (b)  2  CH4(g)  +  3  02(g)  —  2  CO(g)  +  4  H20(g) 

(c)  9.5  L  dry  air    18.61  Most  of  the  390  watts  nr  radiated  from 

Earth's  surface  is  in  the  infrared  region  of  the  spectrum.  C.reen- 
house  gases  absorb  much  of  this  radiation,  which  warms  the 

atmosphere  close  to  Earth's  surface  and  makes  the  planet  li\  e- 
able.    18.63  (a)  NO(g)  +  In  >  N(g)  +  0(g)  (b)  NO(g)  + 

In  ►  NO  (X)  +  e"  (c)  NO(g)  +  03(g)   ►  N02(g)  +  02(g) 
(d)  3  N02(g)  +  H20(/)   >  2  HN03(«ij)  +  NO(g) 
18.65  Because  NO  has  an  odd  electron,  like  Cl(g),  it  could  act 
as  a  catalvst  for  decomposition  of  stratospheric  ozone.  This 
would  lead  to  an  increase  in  the  amount  of  damaging  ultravio- 

let radiation  that  reaches  the  troposphere.  In  the  troposphere 

NO  is  oxidized  to  N02  by  02.  On  dissolving  in  water,  NO:  dis- 
proportionates  into  NO-,  (aq)  and  NO(y).  Over  time  the  NO  in 
the  troposphere  will  be  converted  into  NO-,  ,  which  is  in  turn 

incorporated  into  soils.    18.67  (a)  PNo2  =  1.4  X  1(T5  torr 
(b)2x  1019  N02  molecules    18.71  13.3  days.  The  value  of  the 
rate  constant  limits  the  result  to  1  significant  figure.  This  implies 

an  uncertainty  of  ±1  in  the  tens  place  of  our  answer.  Realistical- 
ly, the  remediation  could  take  anywhere  from  1  to  30  days. 

18.73  (a)  The  energv  required  is  9.8  X  103  kj  gal  H20.  (b)  The 
energy  cost  is  $0.23/gal  H20.  (c)  18"..  of  the  total  cost  is  energy. 

18.75  (a)  17e  ,  8.5e  pairs  0=N — Q:     *  >     :6'  —  N=Q 
(b)  The  fact  that  N02  is  an  electron-deficient  molecule  indicates 
that  it  will  be  highly  reactive.  Dimerization  results  in  the  for- 

mation of  a  N  —  N  single  bond  which  completes  the  octet  of 
both  N  atoms.  In  a  closed  system,  N02  and  N204  exist  in  equi- 

librium. In  an  urban  environment,  N02  is  produced  from  hot 
automobile  combustion.  At  these  temperatures,  equilibrium  fa- 

vors the  monomer  because  the  reaction  is  exothermic,  (c)  N02 
is  an  oxidizing  agent  and  CO  is  a  reducing  agent,  so  we  expect 
products  to  contain  N  in  a  more  reduced  form,  NO  or  N2,  and 
C  in  a  more  oxidized  form,  C02.  (d)  No.  Because  N02  is  a 

very  reactive  odd-electron  molecule,  we  expect  it  to  react  or 
photodisssociate  before  it  can  migrate  to  the  stratosphere. 
18.77  (a)  1.2  x  1CT5  M  (b)  by  solving  the  quadratic  formula, 
[H  +  ]  =  2.03  X  10 ~6  M,  pH  =  5.69. 

Chapter  19 
19.1  (a) 

(b)  AH  =  0  for  mixing  ideal  gases.  AS  is  positiv  e,  because  the 
disorder  of  the  system  increases,  (c)  The  process  is  spontaneous 
and  therefore  irreversible,  (d)  Since  AH     0,  the  process  does 
not  affect  the  entropy  of  the  surroundings.    19.4  (a )  At  300  K, 
AH  =  TAS,  AC  =  0  and  the  system  is  at  equilibrium.  (b)The 
reaction  is  spontaneous  at  temperatures  above  300  K. 
19.7  Spontaneous:  b,  c,  d;  nonspontaneous:  a,  e 
19.9  (a)  NH4N01(s)  dissolves  in  water,  as  in  a  chemical  cold 
pack.  Naphthalene  (moth  balls)  sublimes  at  room  temperature, 
(b)  Melting  of  a  solid  is  spontaneous  above  its  melting  point  but 

nonspontaneous  below  its  melting  point.    19.11  (a)  Endother- 
mic (b)  at  or  above  100' C  (c)  below  100  C  (d)atl00C 

19.13  (a)  For  a  reversible  process,  the  forward  and  reverse  changes 
occur  by  the  same  path.  In  a  reversible  process,  both  the  system 
and  the  surroundings  are  restored  to  their  original  condition  by 
exactly  reversing  the  change.  A  reversible  change  produces  the 
maximum  amount  of  work,  (b)  There  is  no  net  change  in  the  sur- 

roundings, (c)  The  vaporization  of  water  to  steam  is  re- 
versible if  it  occurs  at  the  boiling  temperature  of  water  for  a 

specified  external  (atmospheric)  pressure,  and  if  the  heat  needed  is 
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added  infinitely  slowly.    19.15  No.  AE  is  a  state  function. 
AE  =  q  +  w;  q  and  w  are  not  state  functions.  Their  values  do 
depend  on  path,  but  their  sum,  AE,  does  not.    19.17  (a)  An  ice 
cube  can  melt  reversibly  at  the  conditions  of  temperature  and 
pressure  where  the  solid  and  liquid  are  in  equilibrium,  (b)  We 
know  that  melting  is  a  process  that  increases  the  energy  of  the 
system  even  though  there  is  no  change  in  temperature.  AE  is 
not  zero  for  the  process.    19.19  (a)  At  constant  temperature, 
AS  =  qrev/T,  where  i/,vv  is  the  heat  that  would  be  transferred  if 
the  process  were  reversible,  (b)  No.  AS  is  a  state  function,  so  it 
is  independent  of  path.    19.21  (a)  Entropy  increases  (b)  213  J/K 
19.23  (a)  For  a  spontaneous  process,  the  entropy  of  the  universe 
increases;  for  a  reversible  process,  the  entropy  of  the  universe 
does  not  change,  (b)  For  a  reversible  process,  if  the  entropy  of  the 
system  increases,  the  entropy  of  the  surroundings  must  decrease 
by  the  same  amount,  (c)  For  a  spontaneous  process,  the  entropy 
of  the  universe  must  increase,  so  the  entropy  of  the  surroundings 
must  decrease  by  less  than  42  J/K.    19.25  AS  =  0.762  J/K 
19.27  (a)  The  higher  the  temperature,  the  more  microstates  are 
available  to  a  system,  (b)  The  greater  the  volume,  the  more  mi- 

crostates are  available  to  a  system,  (c)  Going  from  solid  to  liquid 
to  gas,  the  number  of  available  microstates  increases. 
19.29  (a)  AS  is  positive,  (b)  AS  is  positive  for  Exercise  19.8(a)  and 
(c).    19.31  S  increases  in  (a)  and  (c);  S  decreases  in  (b) 
19.33  (a)  The  entropy  of  a  pure  crystalline  substance  at  absolute 
zero  is  zero,  (b)  In  translarional  motion  the  entire  molecule  moves 
in  a  single  direction;  in  rotational  motion  the  molecule  rotates  or 
spins  around  a  fixed  axis,  hi  vibrational  motion  the  bonds  within 
a  molecule  stretch  and  bend,  but  the  average  position  of  the  atoms 
does  not  change. 

(c)  H— CI   >  H— CI 
Translational 

HyCl Rotational 

h — a  <  >  H — CI 
Vibrational 

19.35  (a)  phase  changes:  1  =  melting  (fusion),  2  =  vaporization, 
(b)  AS  for  vaporization  is  always  larger  than  AS  for  fusion  because 
of  the  large  volume  increase  of  the  system.    19.37  (a)  Ar(g) 
(b)  He(g)  at  1.5  arm  (c)  1  mol  of  Ne(g)  in  15.0  L  (d)  C02(g) 
19.39  (a)  AS  <  0  (b)  AS  >  0  (c)  AS  <  0  (d)  AS  >  0 

19.41  (a)  C2Hb(g)  (b)  C02(£)    19.43  (a)  Sc(s),  34.6  J/mol-K; 
Sc(g),  1 74.7  J/mol-K.  In  general,  the  gas  phase  of  a  substance  has  a 
larger  S°  than  the  solid  phase  because  of  the  greater  volume  and 
motional  freedom  of  the  molecules,  (b)  NH3(^),  192.5  J/mol-K; 
NFMrti]),  111.3  J/mol-K.  Molecules  in  the  gas  phase  have  more 
motional  freedom  than  molecules  in  solution,  (c)  1  mol  of  P^ig), 
280  J/K;  2  mol  of  P2(g),  2(218.1)  =  436.2  J/K.  More  particles  have 
a  greater  motional  energy  (more  available  microstates). 
(d )  C  (diamond),  2.43  J/mol-K;  C  (graphite),  5.69  J/mol-K.  The 
internal  entropy  in  graphite  is  greater  because  there  is  transla- 

tional freedom  among  planar  sheets  of  C  atoms,  while  there  is 
very  little  freedom  within  the  covalent-network  diamond  lat- 

tice.   19.45  lor  elements  with  similar  structures,  the  heavier 

the  atoms,  the  lower  the  vibrational  frequencies  at  a  given  tem- 
perature. This  means  that  more  vibrations  can  be  accessed  at  a 

particular  temperature,  resulting  in  greater  absolute  entropy 

for  the  heavier  elements.    19.47  (a)  AS0  =  -120.5  J/K.  AS°  is 

negative  because  there  are  fewer  moles  of  gas  in  the  products. 

(b)  AS0  =  +176.6  J/K.  AS0  is  positive  because  there  are  more 
moles  of  gas  in  the  products,  (c)  AS0  =  +152.39  J/K.  AS°  is 
positive  because  the  product  contains  more  total  particles  and 

more  moles  of  gas.  (d)  AS°  =  +92.3  J/K.  AS0  is  positive  be- 
cause there  are  more  moles  of  gas  in  the  products. 

19.49  (a)  AC  =  AH  -  TAS  (b)  If  AC  is  positive,  the  process  is 
nonspontaneous,  but  the  reverse  process  is  spontaneous. 
(c)  There  is  no  relationship  between  AG  and  rate  of  reaction. 

19.51  (a)  Exothermic  (b)  AS°  is  negative;  the  reaction  leads  to 
a  decrease  in  disorder,  (c)  AG°  =  -9.9  kj  (d)  If  all  reactants 
and  products  are  present  in  their  standard  states,  the  reaction  is 
spontaneous  in  the  forward  direction  at  this  temperature. 
19.53  (a)  AH0  =  -537.22  kj,  AS0  =  13.7  J/K, 
AG0  =  -541.40  kj,  AG°  =  AH°  -  TAS°  =  -541.31  kj 
(b)  AH0  =  -106.7  kj,  AS°  =  -142.2  J/K,  AG°  =  -64.0  kj, 
AG°  =  AH0  -  TAS0  =    -64.3  kj  (c)  AH°  =  -508.3  kj, 
AS°  =  -178  J/K,  AG0  =  -465.8  kj, 
AG0  =  AH°  -  TAS0  =    -455.1  kj.  The  discrepancy  in  AG0  val- 

ues is  due  to  experimental  uncertainties  in  the  tabulated  ther- 
modynamic data,  (d)  AH0  =  -165.9  kj,  AS0  =  1.4  J/K, 

AG°  =  -166.2  kj,  AG0  =  AH0  -  TAS°  =  -166.3  kj 
19.55  (a)  AG0  =  -140.0  kj,  spontaneous 
(b)  AG0  =  +104.70  kj,  nonspontaneous  (c)  AG°  =  +146  kj, 
nonspontaneous  (d)  AG°  =  -156.7  kj,  spontaneous 
19.57  (a)C6H12(/)  +  9  02(g)   >  6  C02(g)  +  6  H20(/)  (b)  Be- 

cause AS°  is  negative,  AG0  is  less  negative  than  AH°. 
19.59  (a)  The  forward  reaction  is  spontaneous  at  low  tempera- 

tures, but  becomes  nonspontaneous  at  higher  temperatures, 
(b)  The  reaction  is  nonspontaneous  in  the  forward  direction  at 
all  temperatures,  (c)  The  forward  reaction  is  nonspontaneous 
at  low  temperatures,  but  becomes  spontaneous  at  higher  tem- 

peratures.   19.61  AS  >  +76.7  J/K    19.63  (a)  T  =  330  K 

(b)  nonspontaneous    19.65  (a)  AH0  =  155.7  kj, 
AS°  =  171.4  J/K.  Since  AS°  is  positive,  AG°  becomes  more  neg- 

ative with  increasing  temperature,  (b)  AG°  =  19  kj.  The  reac- 
tion is  not  spontaneous  under  standard  conditions  at  800  K 

(c)  AG0  =  -15.7  kj,  The  reaction  is  spontaneous  under  stan- 
dard conditions  at  1000  K.    19.67  (a)  Tb  =  79°C  (b)  From  the 

Handbook  of  Chemistry  and  Physics,  74th  Edition,  Tb  =  80.1°C.  The 
values  are  remarkably  close;  the  small  difference  is  due  to  devia- 

tion from  ideal  behavior  by  C6He(£)  and  experimental  uncertain- 
ty in  the  boiling  point  measurement  and  the  thermodynamic 

data.    19.69  (a)  C2H2(g)  +  \  02(g)   >  2  C02(g)  +  H20(/) 
(b)  -1299.5  kj  of  heat  produced/mol  C2H2  burned 
(c)  "'max  =  -1235.1  kj/mol  C2H2    19.71  (a)  AG  becomes  more 
negative,  (b)  AG  becomes  more  positive,  (c)  AG  becomes 

more  positive.    19.73  (a)  AG0  =  -5.40  kj  (b)  AG  =  0.30  kj 
19.75  (a)  AG0  =  -16.77  kj,  K  =  870  (b)  AG°  =  8.0  kj, 

K  =  0.04  (c)  AG0  =  -497.9  kj,  K  =  2  x  1087 
19.77  AH°  =  269.3  kj,  AS°  =  0.1719  kJ/K 

(a)  Pco,  =  6.0  x  10_39atm  (b)  Pco,  =  1-6  x  10"4  arm 

19.79  (a)  HN02(«?)  =^  H+(aq)  +  N02~(aq) 
(b)  AG0  =  19.1  kj  (c)  G  =  0  at  equilibrium  (d)  AG  =  -2.72  kj 
19.82  (a)  AH  >  0,  AS  >  0  (b)  AH  <  0,  AS  <  0  (c)  AH  >  0, 
AS  >  0  (d)  AH  >  0,  AS  >  0  (e)  AH  <  0,  AS  >  0 
19.86  (a)  For  all  three  compounds  listed,  there  are  fewer  moles  of 
gaseous  products  than  reactants  in  the  formation  reaction,  so  we 

expect  AS°  to  be  negative.  If  AG;  =  AH°  -  TAS/  and  AS/  is 
negative,  -TAS°  is  positive  and  AG°  is  more  positive  than  AH° . 
19.90  (a)  K  =  4  X  1015  (b)  An  increase  in  temperature  will  de- 

crease the  mole  fraction  of  CH3COOH  at  equilibrium.  Elevated 
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temperatures  must  be  used  to  increase  the  speed  of  the  reac- 
tion, (c)  AC  =  ]  at  836  K  or  563JC.    19.94  (a)  AC  =  8.77  kj 

(b)  '''mm  =  ̂ -77  kj.  In  practice,  a  larger  than  minimum  amount  of 
work  is  required.    19.98  (a)  Acetone,  A  s,  ,p      S8.4  J  mol-K;  di- 

methyl ether,  AS°ap  =  86.6  J/mol-K; 
ethanol,  AS°,p  =  110  J/mol-K;  octane,  AS°ap  =  86.3  J  mol-K; 
pyridine,  AS°ap  =  90.4  J/mol-K.  Ethanol  does  not  obey 
Trouton's  rule,  (b)  Hydrogen  bonding  (in  ethanol  and  other 
liquids)  leads  to  more  ordering  in  the  liquid  state  and  a  greater 
than  usual  increase  in  entropy  upon  vaporization.  Liquids  that 
experience  hydrogen  bonding  are  probably  exceptions  to  ftou- 
ton's  rule,  (c)  Owing  to  strong  hydrogen  bonding  interactions, 
water  probably  does  not  obey  Trouton's  rule. 
AS°ap  =  109.0  J/mol-K.  (d)  AHvap  for  C6H5C1     36  kj  mol 
19.101  (a) S  increases  (b)  S  decreases  (c)  S  increases  (d)  S  de- 

creases   19.104  (a)  lor  any  given  total  pressure,  the  condition 
of  equal  moles  of  the  two  gases  can  be  achieved  at  some  tem- 

perature. For  individual  gas  pressures  ot  I  atm  and  a  total 
pressure  of  2  atm,  the  mixture  is  at  equilibrium  at  328.5  K  or 
55.5°C.  (b)  333.0  K  or  60  C  (c)  374.2  K  or  101.2  C  (d)  The  reac- 

tion is  endothermic,  so  an  increase  in  the  value  of  K  as  calculat- 
ed in  parts  (a)-(c)  should  be  accompanied  by  an  increase  in  / . 

Chapter  20 

20.1  In  a  Bronsted-Lowry  acid-base  reaction,  H    is  transferred 
from  the  acid  to  the  base.  In  a  redox  reaction,  one  or  more  elec- 

trons are  transferred  from  the  reductant  to  the  oxidant. 

20.3  E°el,  =  0.16  V 

Switch 

Fe(s)  *  Fe2  '  (aq)  +  2  e      Ni2 '  (aq)  +  2  e      — »  Ni(s) 
Movement  of  cations 

Movement  of  anions 

20.5  (a)  A  is  reduced;  B  is  oxidized,  (b)  Cathode:  A(aq)  + 

le~  — »  A  (aq);  anode:  B(aq)   *  B ' (aq)  +  le~ 
(c)  In  a  cell  with  a  positive  E°  value,  electrons  flow  sponta- 

neously from  the  anode  to  the  cathode,  so  the  anode  half-reac- 

tion, B(aq)   >  B+((?ij)  +  le~,  is  at  higher  potential  energy. 
20.7  Zinc,  with  a  more  negative  E°ecj,  is  more  easily  oxidized than  iron.  If  conditions  are  favorable  for  oxidation,  the  zinc 
coating  will  be  preferentially  oxidized,  preventing  iron  from 
corroding.    20.9  (a)  Oxidation  is  the  loss  of  electrons,  (b)  Elec- 

trons appear  on  the  products'  side  (right  side),  (c)  The  oxidant 
is  the  reactant  that  is  reduced,  (d)  An  oxidizing  agent  is  the  sub- 

stance that  promotes  oxidation;  it  is  the  oxidant. 

20.11  (a)  True  (b)  false  (c)  true    20.13  (a)  I,  -3  to  0;  C,  +2  to 

+4  (b)  Hg,  +2  to  0;  N,  -2  to  0  (c)  N,  +5  to  +2;  S,  -2  to  0 
(d)  CI,  +4  to  +3;  O,  -  1  to  0    20.15  (a)  TiCl4(y)  + 
2  Mg(/)   >  Ti(>)  +  2  MgCl2(0  (b)  Mg(/)  is  oxidized;  TiCl4(tf) 
is  reduced,  (c)  Mg(/)  is  the  reductant;  TiCl4(\')  is  the  oxidant. 

20.17  (a)  Sn2'(<?i/)   >  Sn4"(,;(/)  +  2e  ,  oxidation 
(b)  Ti02(s)  4  4  H  O/,/)  f  2e  — >  Ti2  (</,/)  +  2H20(/), 
reduction 

(c)  C103  (aq)  +  6  H  (aq)  +  6e   *  CI  (aq)  +  3  H;Q(/), 
reduction 

(d)  4  0H  (aq)   ►  02(g)  +  2  H20(/)  +  4e  .oxidation 
(e)  S032  (aq)  +  2  OH  (aq)   >  S042  (aq)  +  H20(/)  +  2e  , oxidation 

(f)  N2(g)  +  8  H  (aq)  +  6e  — *  2  NH4  (aq),  reduction 
(g)  N2(g)  +  6  H20(/)  +  2e      ̂ 2  NH3(£)  +  6  OH  (aq), 
reduction    20.19  (a)  Cr2072  (aq)  - 

1  (aq)  +        (aq)   »  2Cr3+(aq)  +  103  (aq)  +  4  H20(/); 
oxidizing  agent,  Cr207  ;  reducing  agent,  1  (b)  4  Mn04  (aq) 
+  5CH^OYMaq)  +  12  H  (aq)   »  4  Mir  (aq)  +  5  HC02H(aq) 
1  II  H20(/);  oxidizing  agent,  Mn04  ;  reducing  agent,  CH3OH 

(c)  l2(s)  +  5  0C1  (aq)  +  H20(/)   ►  2  103  (aq)  +  5  CI  (aq)  + 
2  11  (aq);  oxidizing  agent,  OCI  ;  reducing  agent,  1 2 
(d)  As20^(s)  +  2  NO3  (aq)  +  2  H20(l)  + 
2  H  (aq)   »  2  H  v\s04(aq)  +  N203(aq);  oxidizing  agent, 
NO3  ;  reducing  agent,  As2Ot  (e)  2  Mn04  (aq)  +  Br  (aq)  + 

H20(l)   ►  2MnO:(>)  +  Br03  (aq)  +  2  OH  (aq);  oxidizing 
agent,  Mn()4  ;  reducing  agent,  Br    (f)  Pb(OH)42  (aq)  + 
CIO  (aq)   >  Pb02(s)  +  CI  (aq)  +  2  OH  (aq)  +  H20(/);  oxi- 

dizing agent,  CIO  ;  reducing  agent,  Pb(OH)42      20.21  (a)  The 
reaction  Cu  (aq)  +  Zn(s)   ►  Cu(s)  +  Zn   (aq)  is  occurring 
in  both  figures.  In  Figure  20.3  the  reactants  are  in  contact, 
while  in  Figure  20.4  the  oxidation  half-reaction  and  reduction 
half-reaction  are  occurring  in  separate  compartments.  In  Fig- 

ure 20.3  the  flow  of  electrons  cannot  be  isolated  or  utilized; 

in  Figure  20.4  electrical  current  is  isolated  and  flows  through 

the  voltmeter,  (b)  Na'  cations  are  draw  n  into  the  cathode 
compartment  to  maintain  charge  balance  as  Cu     ions  are  re- 
moved. 

20.23  (a)  Fe(s)  is  oxidized,  Ag '(<)</)  is  reduced. 
(b)  Ag '(<?</)  +  le   »  Ag(s);  Fe(s)   >  Fe2' (aq)  +  2e (c)  Fe(s)  is  the  anode,  Ag(s)  is  the  cathode,  (d)  Fe(s)  is  negative; 

Ag(s)  is  positive,  (e)  Electrons  flow  from  the  Fe  electrode  (  -  ) 
toward  the  Ag  electrode  (  +  ).  (f)  Cations  migrate  tow  ard  the 
Ag(s)  cathode;  anions  migrate  toward  the  Fe(s)  anode. 
20.25  Electromotive  force,  emf,  is  the  potential  energy  difference 
between  an  electron  at  the  anode  and  an  electron  at  the  cath- 

ode of  a  voltaic  cell,  (b)  One  volt  is  (he  potential  energy  differ- 
ence required  to  impart  I  I  of  energy  to  a  charge  ot  1  coulomb, 

(c)  Cell  potential,  Ece\\,  is  the  emf  ot  an  electrochemical  tell. 

20.27  (a)  2  H  '  (aq)  +  2e  — »  1  l2(g)  (b)  A  standard  hydrogen 
electrode,  SHE,  has  components  that  are  at  standard  condi- 

tions, 1  A1  H  '  (aq)  and  H2(g)  at  I  atm.  (c)  The  platinum  toil  in  a 
SHE  serves  as  an  inert  electron  carrier  and  a  solid  reaction  sur- 

face.   20.29  (a)  A  standard  reduction  potential  is  the  relative  po- 
tential of  a  reduction  half-reaction  measured  at  standard 

conditions,  (b)  E°ecj  =  0  (c)  The  reduction  of  Ag  (aq)  to  Ag(s) 
is  much  more  energetically  favorable. 

20.31  (a)  Cr2'(,;</)   *  Cr3+(aq)  +  e  ; 
T\3+(aq)  +  2e   >  T\+(aq)  (b)  E°x1  =  0.78  V 
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(c) 
Switch 

Inert  (Pt) 
anode 

20.33 

(d)  E 
Cr3+(aq),  E 

Inert  (Pt) 

cathode 

Movement  of  cations 

Movement  of  anions 

a)  £°  =  0.823  V  (b)  E°  =  1.89  V  (c)  E°  =  1.211  V 
=  1.21  V    20.35  (a)  3  Ag+(aq)  +  Cr(s)   >  3  Ag(s)  + 

1.54  V  (b)  Two  of  the  combinations  have  essen- 

tially equal  £°  values:  2  Ag+(aq)  +  Cu(s)   ►  2  Ag(s)  + 
Cu2+(aq),  E°  =  0.462  V;  3  Ni2+(aq)  +  2  Cr(s)   >  3  Ni(s)  + 
2  Cr3+{aq),  £°  =  0.46  V    20.37  (a)  Anode,  Sn(s);  cathode,  Cu(s). 
(b)  The  copper  electrode  gains  mass  as  Cu  is  plated  out,  and 
the  tin  electrode  loses  mass  as  Sn  is  oxidized,  (c)  Cu   (aq)  + 

Sn(s)   >  Cu(s)  +  Sn2'(<7</).  (d)  E°  =  0.473  V. 
20.39  (a)Cl2(X)  (b)  Ni2'(,7<7)  (c)  BvO^Uiq)  (d)  03(g) 
20.41  (a)  Cl2(m7),  strong  oxidant  (b)  Mn04~(fl(7),  acidic,  strong 
oxidant  (c)  Ba(s),  strong  reductant  (d)  Zn(s),  reductant 

20.43  (a)Cu2+(aq)  <  02(g)  <  Cr207> '(aq)  <  Cl2(g)  <  H202(aq) 
(b)H202K)  <  Knq)  <  Sn2 '  (aq)  <  Zn(s)  <  Al(s) 
20.45  Al  and  H2C2(34    20.47  (a)  2  Fe2+(<7<7)  +  S2062~(aq)  + 
4  H+(aq)   >  2  Fe3+(aq)  +  2  H:S03(m7);  2  ¥e2+(aq)  +  N20(aq)  + 

2  H  '(//</)   ►  2  Fe'+(aq)  +  N2(g)  +  H20(/);  ¥e2'(aq)  + 

V02  +  (aq)  +  2  H'(aq)   »  Fe3+(aq)  +  V02~(aq)  +  H20(/) 
(b)  £°  =  -0.17  V,  AG°  =  33  kj;  E°  =  -2.54  V, 
AGC  =  4.90  x  102  kj;  E°  =  0.23  V,  AG°  =  -22  kj 

(c)  K  =  1.8  X  10~h  =  10~6;  K  =  1.2  X  10~8h  =  10~86; 
K  =  7.8  x  103  =  8  x  103    20.49  AG0  =  21.8  kj, 

E°eu  =  -0.1 13  V    20.51  (a)  E°  =  0.16  V, 
K  =  2.54  x  105  =  3  X  10"  (b)  £°  =  0.277  V,  K  =  2.3  x  109 
(c)  £°  =  0.45  V,  K  =  1.5  x  1075  =  1073 

20.53  (a)  K  =  9.8  x  102  (b)  K  =  9.5  x  105  (c)  K  =  9.3  x  108 
20.55  (a)  The  Nernst  equation  is  applicable  when  the  compo- 

nents of  an  electrochemical  cell  are  at  nonstandard  conditions. 

(b)  Q  =  1  (c)  Q  decreases  and  E  increases 
20.57  (a)  £  decreases  (b)  £  decreases  (c)  £  decreases  (d)  no  effect 

20.59  (a)  £°  =  0.48  V  (b)  £  =  0.53  V  (c)  £  =  0.46  V 
20.61  (a)E°  =  0.46  V  (b)  £  =  0.37  V    20.63  (a)  The  compart- 

ment with  [Zn2+]  =  1.00  X  10~2  M  is  the  anode,  (b)  £°  =  0 
(c)  £  =  0.0668  V  (d)  In  the  anode  compartment  [Zn2+]  increas- 

es; in  the  cathode  compartment  [Zn"+]  decreases 
20.65  £°  =  0.763  V,  pH  =  1.6    20.67  (a)  The  em f  of  a  battery 
de<  rcases  as  it  is  used.  The  concentrations  of  products  increase 
and  the  concentrations  of  reactants  decrease,  causing  Q  to  in- 

crease and  £CL.|i  to  decrease,  (b)  A  D-size  battery  contains  more 
rea<  tants  than  a  AA,  enabling  the  D  to  provide  power  for  a 

longer  time.    20.69  464  g  PbO->    20.71  (a)  The  anode 
(b)  £°  =  3.50  V  (c)  The  emf  of  the  battery,  3.5  V,  is  exactly  the 
standard  cell  potential  calculated  in  part  (b).  (d)  At  ambient 

conditions,  £  «  E°,  so  log  Q  ~  1.  Assuming  that  the  value  of 
E°  is  relatively  constant  with  temperature,  the  value  of  the  sec- 

ond term  in  the  Nernst  equation  is  approximately  zero  at  37°C, 
and  £  «  3.5  V.    20.73  (a)  The  cell  emf  will  have  a  smaller 
value,  (b)  NiMH  batteries  use  an  alloy  such  as  ZrNi2  as  the 
anode  material.  This  eliminates  the  use  and  disposal  problems 

associated  with  Cd,  a  toxic  heavy  metal.    20.75  The  main  ad- 
vantage of  a  fuel  cell  is  that  fuel  is  continuously  supplied,  so 

that  it  can  produce  electrical  current  for  a  time  limited  only  by 
the  amount  of  available  fuel.  For  the  hydrogen-oxygen  fuel 
cell,  this  is  also  a  disadvantage  because  volatile  and  explosive 
hydrogen  must  be  acquired  and  stored.  Alkaline  batteries  are 
convenient,  but  they  have  a  short  lifetime,  and  the  disposal  of 
their  zinc  and  manganese  solids  is  more  problematic  than  dis- 

posal of  water  produced  by  the  hvdrogen-oxygen  fuel  cell. 

20.77  (a)  anode:  Fe(s)   *  ¥e2+(aq)  +  2e";  cathode:  02(g)  + 
4  H'(aq)  +  4e  — *  2  H20(Z)  (b)  2  Ve2' (aq)  +  3  H20(/)  + 

3  H20(/)   *  Fe203-3  H20(s)  +  6  H+(aq)  +  2e~;  02(g)  + 
4  H  f(aq)  +  4e      — »  2  H20(/)    20.79  (a)  Mg  is  called  a 
"sacrificial  anode"  because  it  has  a  more  negative  £°ea  than  the 
pipe  metal  and  is  preferentially  oxidized  when  the  two  are  cou- 

pled. It  is  sacrificed  to  preserve  the  pipe,  (b)  £°ea  for  Mg2+  is 
-2.37  V,  more  negative  than  most  metals  present  in  pipes,  in- 

cluding Fe  and  Zn.    20.81  Under  acidic  conditions,  air  (02)  ox- 
idation of  Zn(s),  1.99  V,  Fe(s),  1.67  V  and  Cu(s),  0.893  V,  areall 

spontaneous.  When  the  three  metals  are  in  contact,  Zn  will  act 
as  a  sacrificial  anode  for  both  Fe  and  Cu,  but  after  the  Zn  is  de- 

pleted, Fe  will  be  oxidized  (corroded).    20.83  (a)  Electrolysis  is 
an  electrochemical  process  driven  by  an  outside  energy  source. 
(b)  Bv  definition,  electrolysis  reactions  are  nonspontaneous. 

(c)  2  CP(Z)   ►  Cl2(g)  +  2e"    20.85  (a)  236  g  Cr(s)  (b)  2.51  A 
20.87  a;max  =  -8.19  X  104  J    20.89  (a)  4.0  x  105  g  Li  (b)  0.24 

kWh/mol  Li    20.91  (a)  2  N^(aq)   >  Ni(s)  +  Ni2+(aq) 
(b)  3  Mn042lrt(7)  +  4  H'(aq)   *  2  Mn04"(fl<|)  +  Mn02(s)  + 
3  H20(Z)  (c)  3  H2S03(<7(7)   >  S(s)  +  2  HSOA  (aq)  +  2  H+(aq)  + 

H20(/)  (d)  Cl2(<7<7)  +  2  OH'  (aq)  - 

H20(/)  20.93  (a)  Fe(s)   '  c~2+ 

2e"  - 

C\(aq)  +  ClO~(aq)  + 
Fe^(aq)  +  2e~;  2  Ag^(aq)  + 

Ag(s);  Fe(s)  +  2  A^(aq)   ►  Fe2"^^)  +  Ag(s) Switch  _ 

Ag 

cathode 

Movement  of  cations 

Movement  of  anions 

Zn 

(b)  Zn(s)  - Zn(s)  +  2  H+(aq) aq)  +  2e  -,  2  H'(aq)  +  2e~ 

-  Zn2+(aq)  +  H2(g) 

H2(g); 
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Switch 

Cathode 

(standard 
hydrogen electrode) 

Movement  of  cations 

Movement  of  anions 

(c)Cu  |Cir"||CIOt  ,C1  |  Pt 
Switch 

Inert  (Pt) 

cathode 

Movement  of  cations 

Movement  of  anions 

20.95  (a)  The  reduction  potential  for  02(g)  in  the  presence  of 

acid  is  1.23  V.  02(g)  cannot  oxidize  Au(s)  to  Au  '("</),  even  in 
the  presence  of  acid,  (b)  Definitely:  Co   (aq),  F2(g),  H202(fl£7), 

03(g);  marginally:  BrO^  (aq),  Ce4+(aq),  HClO(aq),  Mn04  (aq), 
Pb02(s)  (c)  Au(s)  is  being  oxidized;  02(g)  is  being  reduced. 

(d)  2  Na|Au(CN)2](/7,j)  +  Zn(s)   >  2  Au(s)  +  Zn2+(aq)  + 
2  Na  V?)  +  4  CN  (aq).  Zn(s)  is  being  oxidized;  [Au(CN)2]  (aq) 

is  being  reduced.    20.97  (a)  £  =  -0.041  V  (b)  the  inert  elec- 
trode (c)  No,  at  standard  conditions,  Cu(s)  is  the  anode,  (d)  1.3 

M  I      20.101  (a)  In  discharge,  Cd(s)  +  2  NiO(OH)(s)  + 
2  H20(/)   >  Cd(OH)2(s)  +  2  Ni(OH)2(s).  In  charging,  the  re- 

verse reaction  occurs,  (b)  £°  =  1.25  V  (c)  1.25  V  is  the  stan- 
dard cell  potential,  E°.  The  concentrations  of  reactants  and 

products  inside  the  battery  are  adjusted  so  that  the  cell  output 

is  greater  than  E°.  (d)  K  =  2  x  1042    20.105  (a)  6.4  ■   10"  C 
(b)  6.4  X  10s  amp  (c)  16  kWh  20.109  (a)  H2(g)  is  being 
oxidized  and  N2(g)  is  being  reduced,  (b)  K  =  6.9  X  \05 
(c)  E°  =  0.05755  V    20.113  (a)  £°  =  0.028  V  (b)  anode: 
Fe2Vy)   »  Fe3+(<?<7)  +  le  ;  cathode:  Ag+(<;(/)  + 
e~   *  Ag(s)  (c)  AS°  =  148.5  J.  Since  AS°  is  positive,  AC 
will  become  more  negative  and  £°  will  become  more  positive 
as  temperature  is  increased.    20.117  £°      -0.928  V 

Chapter  21 

21.1  (a)  24Ne;  outside;  reduce  neutron-to-proton  ratio  via  [3- 
decay  (b)  l2Cl;  outside;  increase  neutron-to-proton  ratio 
via  positron  emission  or  orbital  electron  capture  (c)     Sn;  out- 

side; increase  neutron-to-proton  ratio  via  positron  emission  or 
orbital  electron  capture  (d)  2 "To;  outside;  nuclei  with  Z  -  84 
usually  decay  via  a-emission.    21.4  (a)7min  (b)O.lmin  1 
(c)  307,,  (3/10)  of  the  sample  remains  after  12  mm.  (d)  *$Nb 
21.7  (a)  25  protons,  30  neutrons  (b)  80  protons,  121  neutrons 
(c)  19  protons,  20  neutrons    21.9  (a){p  (b)  ?e  (c)  ?  [3  or  ?e 

21.11  (a)2^Bi 

(b)  '?4Au 

2^Po  + 

74/ 

tc 

21.13
 

ie  (orbital  electron) 

?|Ar  4  ?e  (d)24,2Pu 

2^U  +  ̂He 

)2npb   „  2iiBi lis  (b)  gMn   >  gCr  +  ?e 
(c)         +  > '^Ta  (d)  2m!!tIi   *  2i|Ra  +  ̂He 
21.15  7  alpha  emissions,  4  beta  emissions    21.17  (a)  Positron 
emission  (for  low  atomic  numbers,  positron  emission  is  more 
common  than  electron  capture)  (b)  beta  emission  (c)  beta 

emission  (d)  beta  emission    21.19  (a)  Stable:  39»K,  20  neutrons 
is  a  magic  number  (b)  stable:  "s^Bi,  126  neutrons  is  a  magic 
number  (c)  stable:  T2Mg;  |4Ne  has  a  much  higher 

neutron/proton  ratio    21.21  (a)  |He  (c)  4|!Ca  (e)  12s2Pb 
21.23  Radioactive:  'gO — low  neutron /proton  ratio;  52Te — low 
neutron/proton  ratio;  ̂ Po — atomic  number  ^  84 
21.25  Protons  and  alpha  particles  are  positiv  eh  charged  and 
must  be  moving  very  fast  to  overcome  electrostatic  forces 
which  would  repel  them  from  the  target  nucleus.  Neutrons  are 
electrically  neutral  and  not  repelled  by  the  nucleus. 

21.27  (a)  {2S  +  £n   ►  |p  +  [§P 

(b)74Be  4   ?e  (orbital  electron) 

,1  1 

(c)  l%Re 

(e 

l%Os  +   ?e  (d)8Mo  4  2H 
„ 2w2U  +  Jn 

238i 

lgXe 

6n 

92U  f  07 
nbC  4  \He  (c)  l|0  4  Jn 

21.29  (a)  \pU  4  £n 

(b)  ljN  4  |H   » 21.31  The  energy  changes  involved  in  chemical  reactions  are 
much  too  small  to  allow  us  to  alter  nuclear  properties  \  ia 

chemical  processes.  The  nuclei  that  are  formed  in  a  nuclear  re- 
action will  continue  to  be  radioactive  regardless  ot  any  chemi- 

cal changes  we  bring  to  bear.    21.33  24.0  mg  tritium  remain 
after  12.3  yr,  3.0  mg  after  49.2  yr 

21.35  k  =  0.024s>d  ',  I  =  53.9  d    21.37  (a)  4.1  X  10  l2g22,,Ra 

decays  in  1.0  min,  1.1  X  10'"  alpha  particles  emitted 
(b)4.9mCi    21.39  k  =  1.21  ■  Id  4  yr  ',  /  =  2.20  x  103 yr 
21.41  k  =  1.5  x  10  1,1  yr     the  original  rock  contained  66.2  mg 
238Uandisl.8  X  109yrold.    21.43  Am     4.378  x  10  9g 

21.45  A/»  =  0.200287 amu,  AE  =  2.98912  x  10  11  J/23Na  nu- 

cleus required,  1.80009  x  1013J/mol23Na 
21.47  (a)  mass  defect  =  0.098940  amu, 

binding  energy/nucleon  =  1.2305  X  10  '-  | 
(b)  mass  defect  =  0.340423  amu, 

binding  energy/nucleon  =  1.37312  X  10  12  J 
(c)  mass  defect  =  1.234249  amu, 

binding  energy/nucleon  =  1.344536  X  10  12  J 
21.49  (a)  1.71  x  105kg/d  (b)  2.1  <  L08g235U    21.51  (a)  "to; 
it  has  the  largest  binding  energy  per  nucleon,  and  binding  ener- 

gy gives  rise  to  mass  defect.    21.53  The    Fe  is  incorporated 
into  the  diet  component  and  fed  to  the  rabbits.  Blood  samples 
are  removed  from  the  animals,  the  red  blood  cells  separated,  and 
the  radioactivity  of  the  sample  measured.  If  the  iron  in  the  di- 

etary compounds  has  been  incorporated  into  blood  hemoglobin, 
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the  blood  coll  sample  should  show  beta  emission.  Samples  can 
be  taken  at  various  times  to  determine  the  rate  of  iron  uptake, 
rate  of  loss  of  iron  from  the  blood,  and  so  forth.    21.55  (a)  Con- 

trol rods  control  neutron  flux  so  that  there  are  enough  neutrons 
to  sustain  the  chain  reaction  but  not  so  many  that  the  core  over- 

heats, (b)  A  moderator  slows  neutrons  so  that  they  are  more  eas- 

ily captured  by  fissioning  nudei.    21.57  (a)  4  on  (b)  3l4,Kr 
21.59  The  extremely  high  temperature  is  required  to  overcome 
electrostatic  charge  repulsions  between  the  nuclei  so  that  they 
can  come  together  to  react.    21.61  -OH  is  a  free  radical;  it  can 
react  with  almost  any  particle  (atom,  molecule,  ion)  to  acquire 
an  electron  and  become  OH  .  This  often  starts  a  disruptive 
chain  of  reactions,  each  producing  a  different  free  radical.  Hy- 

droxide ion,  OH~,  on  the  other  hand,  will  be  readily  neutral- ized in  the  buffered  cell  environment.  The  acid-base  reactions 
of  OPT  are  usually  much  less  disruptive  to  the  organism  than 
the  chain  of  redox  reactions  initiated  by  *OH  radical. 

21.63  (a)  3.2  x  10sdis/s,  3.2  x  10s  Bq  (b)  1.5  x  102  mrad, 
1.5  x  10"3Gy  (c)  1.5  X  103mrem,  1.5  X  10"2Sv    21.65  2$Pb 21.67  The  most  massive  radionuclides  will  have  the  highest 
neutron/ proton  ratios,  so  they  will  decay  by  a  process  that 
lowers  this  ratio,  beta  emission.  The  least  massive  nuclides  will 
decay  by  a  process  that  increases  the  neutron/proton  ratio, 
positron  emission  or  orbital  electron  capture. 
21.70 

4  6  8  1012141618  0  2  4  6  8  1012141618 

Time  (hrs)  Time  (hrs) 

From  the  curve,  f]  2  ~  6.0  hr  From  the  slope  of  the  line, 

k  =  0.11,  f,  2  ~  6.3  hr    21.71  3.7  x  104  disintegration/s; 

4.8  x  10n  c'°Sr  nuclei  or  7.2  X  10~4  g  L'°Sr    21.74  If  there  is  no 
depletion  of  iodide  due  to  plant  uptake,  the  calculated  activity 
after  30  days  is  13.9  counts/min  (to  the  appropriate  numbers  of 

figures,  1  X  101  counts/min).  The  observed  activity, 
13.5  counts/min,  is  slightly  lower  than  the  calculated  value. 
The  uncertainty  in  the  calculated  value  is  larger  than  the  differ- 

ence in  the  two  values,  so  we  conclude  that  little,  if  any,  iodide 

is  absorbed  by  the  plant.    21.76  7Be,  8.612  x  10~13  //nucleon; 
9Be,  1.035  x  10~12J/nucleon;  lnBe:  1.042  x  1(T12  J/nucleon. 
The  binding  energies/nucleon  for  4Be  and  10Be  are  very  simi- 

lar; that  for  10Be  is  slightly  higher.    21.81  1.3  X  104kgC3H8(£) 
21.84  A  =  2.426  X  10" 12  m.  These  are  short  -wavelength 
gamma  ray  photons. 

Chapter  22 

22.2  (a)  Acid-base  (Bransted)  (b)  From  left  to  right  in  the  reac- 
tion, the  charges  are:  0,  0,  1  +,  1  — 

(c)NH,(rt<|)  +  H20(/)  :=±  NH4V7)  +  OH"(fl<7) 22.5  (a )  N2( >5 .  Resonance  structures  other  than  the  ones  shown 
are  possible  I  hose  with  double  bonds  to  the  central  oxygen  do 
not  minimize  formal  charge  and  make  a  smaller  contribution 
to  the  net  bonding  model. 

•<\    ..    >     *\    ..  f6-- N— O— N        *  '        N— 0=N 

■if  \i:      -of  \i: 

(b)  N204.  Resonance  structures  other  than  the  ones  shown  are 

possible. :o;        ;b.       .6;  £>. 
N— N  < — *       N— N 

■of      \l:      vf  \i: 
(c)  NO2.  We  place  the  odd  electron  on  \  because  of  electroneg- 

ativity arguments. 
N 

pf  v 
(d)  N2O3. 

N— N 

■of 
 " 

■o 

N 

o: 

o. 

■if 

N— N 

(e)  NO.  We  place  the  odd  electron  on  N  because  of  electronega- 
tivity arguments. 

N=5 

(f)  N20.  The  right-most  structure  does  not  minimize  formal  charge 
and  makes  a  smaller  contribution  to  the  net  bonding  model. 

:N=N— 6:  < — *  :n=n=5:  < — *  :N— N=0: 
22.8  Only  ionization  energy  fits  the  trend.  Electronegativitv 
varies  smoothly,  and  there  is  no  value  for  Ar.  Both  atomic  ra- 

dius and  melting  point  vary  in  the  direction  opposite  that 
shown  in  the  diagram.  X-X  single  bond  enthalpies  show  no 
consistent  trend  and  there  should  be  no  value  for  Ar. 
22.11  Metals:  (b)  Sr,  (c)  Mn,  (e)  Rh;  nonmetals:  (a)  P,  (d)  Se, 
(f)  Kr;  metalloids:  none.    22.13  (a)  O  (b)  Br  (c)  Ba  (d)  O 
(e)  Co    22.15  (a)  N  is  too  small  a  central  atom  to  fit  five  fluo- 

rine atoms,  and  it  does  not  have  available  d  orbitals,  which  can 
help  accommodate  more  than  eight  electrons,  (b)  Si  does  not 
readily  form  tt  bonds,  which  are  necessary  to  satisfy  the  octet 
rule  for  both  atoms  in  the  molecule,  (c)  As  has  a  lower  elec- 

tronegativity than  N;  that  is,  it  more  readily  gives  up  electrons 
to  an  acceptor  and  is  more  easily  oxidized. 

22.17  (a)  Mg3N2(s)  +  6  H20(/)  :  *  2  NH3(aq)  +  3  Mg(OH)2(s) 
(b)  2  C3HtOH(/)  +  9  02(g)   *  6  C02(g)  +  8  H20(Z) 

(c)  Mn02(s)  +  C(s)         CO(g)  +  MnO(s)  or 

Mn02(s)  +  2  C(s)  -^-»  2  CO(g)  +  Mn(s)  or 

Mn02(s)  +  C(s)        C02(g)  +  Mn(s) 

(d)  AlP(s)  +  3  H20(/)   >  PH3(g)  +  Al(OH)3(s) 
(e)  Na2S(s)  +  2  HC\{nq)   *  H2S(g)  +  2  NaCl(fl^) 

22.19  (a)  ]H,  protium;  2H,  deuterium;  3H,  tritium  (b)  in  order 
of  decreasing  natural  abundance:  protium  >  deuterium  > 
tritium    22.21  Like  other  elements  in  group  1A,  hydrogen  has 
only  one  valence  electron  and  its  most  common  oxidation 
number  is  +1. 

22.23  (a)  Mg(s)  +  2  H+{aq)   >  Mg2><?)  +  H2(g) 
(b)  C(s)  +  H2Q(s)  CO(g)  +  H2ig) 

1100°C 

CO(g)  +  3  H2(g) 
NaOH(a<j)  +  H2(g) (c)  CH4(g)  +  H20(g) 

22.25  (a)  NaH(s)  +  H.O(/) 

(b)  Fe(s)  +  H2S04(«?)   >  Fe2+(aq)  +  H2(g)  +  SO^(aq) 
(c)  H2(g)  +  Br2f^)   ►  2  HBr(g) 
(d)  2  Na(/)  +  H2(g)   >  2  NaH(s) 
(e)  PbO(s)  +  H2(g)         Pb(s)  +  H20(g) 
22.27  (a)  Ionic  (b)  molecular  (c)  metallic    22.29  Xenon  has  a 

lower  ionization  energy  than  argon;  because  the  valence  elec- 
trons are  not  as  strongly  attracted  to  the  nucleus,  they  are  more 

readily  promoted  to  a  state  in  which  the  atom  can  form  bonds 
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with  fluorine.  Also,  Xe  is  larger  and  can  more  easily  accommo- 
date an  expanded  octet  of  electrons.    22.31  (a)C103  ,+5 

(b)  HI,  -  1  (c)  \CW.  I  +3,  CI,  - 1  (d)  NaOCl,  +  1  (e)  HC104,  +7 
(f)  XeF4;  Xe,  +4,  F,  -1    22.33  (a)  iron(III)  chlorate  (b)  chlorous 
acid  (c)  xenon  hexafluoride  (d)  bromine  pentafluoride 
(e)  xenon  oxide  tetrachloride  (f)  iodic  acid    22.35  (a)  Van  der 
Waals  intermolecular  attractive  forces  increase  with  increasing 
number  of  electrons  in  the  atoms,  (b)  F2  reacts  with  water.  F2(g) 
+  H20(/)   *  2  HF(x)  +  02(g).  That  is,  fluorine  is  too  strong 
an  oxidizing  agent  to  exist  in  water,  (c)  HF  has  extensive  hy- 

drogen bonding,  (d)  Oxidizing  power  is  related  to  electronega- 
tivity. Electronegativity  and  oxidizing  power  decrease  in  the 

order  given.    22.37  Vehicle  fuels  produce  energy  via  combus- 
tion reactions.  The  combustion  of  hydrogen  is  very  exothermic 

and  its  only  product,  H20,  is  a  nonpollutant.    22.39  Perchlo- 
rate  anion,  CIO4  ,  must  be  extremely  unreactive  in  aqueous  so- 

lutions and  aerobic  environments.  Although  chlorine  is  in  a 
very  high  oxidation  state,  it  is  not  readily  reduced,  because  the 
ion  has  a  stable,  symmetric  structure  that  protects  it  against 
reactions. 

22.41  (a)  As  an  oxidizing  agent  in  steelmaking;  to  bleach  pulp 
and  paper;  in  oxyacetylene  torches;  in  medicine  to  assist  in 
breathing  (b)  synthesis  of  pharmaceuticals,  lubricants,  and 
other  organic  compounds  where  C  =  C  bonds  are  cleaved;  in 
water  treatment. 

22.43  (a)  2  HgO(s)         2  Hg(/)  +  Oz(g) 

(b)  2  Cu(N03)2(s)         2  CuO(s)  +  4  N02(g)  +  02(g) 

(c)  PbS(s)  +  4  03(g)   *  PbS04(s)  +  4  02(g) 
(d)  2  ZnS(s)  +  3  Oi(g)   »  2  ZnO(s)  +  2  S02(g) 
(e)  2  K202(s)  +  2  C02(g)   *  2  K2C03(s)  +  02(g) 
22.45  (a)  acidic  (b)  acidic  (c)  basic  (d)  amphoteric 
22.47  (a)  H.SeCh,  +4  (b)  KHSO,,  +4  (c)  EETe,  -2 
(d)CS2,  -2  (e)CaS04/  +6 

22.49  (a)  2  Fe3+(aq)  +  H2S(aq)   ►  2  Fe2+(aq)  +  S(s)  + 
2H>/) 

(b)  Br2(/)  +  H2S((?<7)   ►  2  Br  (aq)  +  S(i 

(c)  2  Mn04  '(aq)  +  6  H  '  (aq)  +  5  H2S(m/) 
5S(s)  +  8  H20(/) 

(d)  2  NO3  '(aq)  +  H2S(aq)  +  2  H  '  (aq)  — 2  H20(7) 
22.51 

:0— Se— O: 

:p: 

Trigonal  pyramidal 

(b) 

2\  \  (aq) 

-»  2  Mir  '(aq)  + 

2  N02(aq)  +  S(s)  + 

:C1 

C  l: 
Bent  (free  rotation 
around  S-S  bond ) 

(O  :0: 

:5— S— CI: 

:0  — H 

Tetrahedral 

22.53  (a)S02(s)  +  H20(/)  H2£03(aq) I  I 

(aq)  + 

HSO,  (aq) 

(b)  ZnS(s)  +  2  HCl(aq)   *  ZnC\2(aq)  +  H2S(y) 

(c)  8  SCV  (aq)  +  S8(s)   ►  8  S2032~(aq) 
(d)  S03(aq)  +  H2S04(/)   >  H2S207(/) 
22.55  (a)  N'aNO-.,  +3  (b)  NPh,  -3  (c)  N.O,  +1  (d)  NaCN,  -3 
(e)  HNO.,,  +5  (f)  N02,  +4 

22.57  (a)  :5=N— O— H  <  >  -O — N=0 — H 
The  molecule  is  bent  around  the  central  oxygen  and  nitrogen 
atoms;  the  four  atoms  need  not  be  coplanar.  The  right-most 

form  does  not  minimize  formal  charges  and  is  U"-s  important 
in  the  actual  bonding  model. 
(b) 

[:N=N=N:]  < — ►  |jN=N— N:  < — ►   :N— N=\:J The  molecule  is  linear. 

(c)r      H  H 

H— N— N: 

H  H 

The  geometry'  is  tetrahedral  around  the  left  nitrogen,  trigonal 
pyramidal  around  the  right, 
(d) 

:0: 

:0 — N=0 

The  ion  is  trigonal  planar;  it  has  three  equivalent  resonance 
forms. 

22.59  (a)  Mg3N2(s)  +  6  H->0(/)   »  3  Mg(OH)2(s)  + 
2  NH^) 

(b)  2  NO(g)  +  02(g)   >  2  NOz(g) 

(c)  N20<v)  +  H20(/)   »  2  H  '  (aq)  +  2N03~(aq) 
(d)  NH3(flij)  +  H  '  (aq)   >  NH4'  (aq) 
(e)  N2H4(/)  +  02(g)   ►  N2(g)  +  2  H20(g) 
22.61  (a)  HNO:(rt(j)  +  H20(/)   * 

N03  (aq)  +  3H'm  +  2e~  E°ed  =  0.96V 
(b)  N2(A>)  +  H20(/)   > 

Ered 

-3 

1.77  V N-»0(rt</)  +  2  H  (aq)  +  2e 
22.63  (a)  H3P03,  +3  (b)  H4P207<  +5  (c)SbCl3/ 
(d)  Mg3As2,  +5  (e)  P2Os,  +5    22.65  (a)  Phosphorus  is  a  larger 
atom  than  nitrogen,  and  P  has  energetically  av  ailable  3d  or- 
bitals,  which  participate  in  the  bonding,  but  nitrogen  does  not. 
(b)  Only  one  of  the  three  hydrogens  in  H3P02  is  bonded  to 
oxygen.  The  other  two  are  bonded  directly  to  phosphorus  and 
are  not  easily  ionized,  (c)  PPh  is  a  weaker  base  than  H20  so 
any  attempt  to  add  H    to  PH3  in  the  presence  of  1 120  causes 
protonation  of  1 120.  (d)  Because  of  the  sev  erely  strained  bond 
angles  in  P4  molecules,  white  phosphorus  is  highly  reactive. 

22.67  (a)  2  Ca3P04(s)  +  6Si02(s)  +  LOC(s)  — -»  P4(g)  + 6CaSi03(/)  +  10CO(tf) 

(b)  PBr,(/)  +  3  H-»0(/)   ►  H3?03(aq)  +  3  HBr(<»i/) 
(c)  4PBr3(g)  +  6H2(g)   ►  P4(g)  +  12HBr(g) 
22.69  (a)HCN  (b)  Ni(CO)4  (c)  Ba(HC03)2  (d)  CaC2 

22.71  (a)ZnC03(s)        ZnO(s)  +  C02(g) 

(b)  BaC2(s)  +  2H20(/)   ►  Ba2+(aq)  +  20H  (aq) 
(c)  2C2H2(g)  +  502(g)   ►  4C02(g)  +  2H20(g) 
(d)  CS2(g)  +  3  02(g)  >  C02(g)  +  2  S02(g) 
(e)  Ca(CN)2(s)  +  2  HBr(<?i/)   ►  CaBr2(<?</)  +  2  HCN(rt</) 22.73  (a) 

800  C  _ 

2CH4(x)  +  2NH,(0  +  3  02(g)  —^-*   2  HCN(y) 

(b)  NaHC03(s)  +  H+(aq)   <•  C02f^)  +  H20(/)  + 
(c)  2  BaCO,(s)  +  02(g)  +  2  S02C?)   »  2  BaS04(s) 
22.75  (a)  H3B03,  +3  (b)SiBr4,  +4  (c)  PbCN,  +2 
(d)  Na2B4O7'10  H20,  +3  (e)  B203,  +3    22.77  (a)  Lead 
(b)  carbon,  silicon,  and  germanium  (c)  silicon    22.79  (a)  Tetra- 

hedral (b)  Metasilicic  acid  will  probably  adopt  the  single- 
strand  silicate  chain  structure  shown  in  Figure  22.48(a).  The  Si 
to  O  ratio  is  correct  and  there  are  two  terminal  ( 1  atoms  per  Si 
that  can  accomodate  the  two  1 1  atoms  associated  with  each 
Si  atom  of  the  acid.    22.81  (a)  Diborane  has  bridging  1 1  atoms 
linking  the  two  B  atoms.  The  structure  of  ethane  has  the  C 

C2H2(g) 

'  6H20(g) Na  '(aq) 

+  2  CQ2(g) 
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atoms  bound  directly,  with  no  bridging  atoms,  (b)  B2H6  is  an 
electron-deficient  molecule.  The  6  valence  electron  pairs  are  all 
involved  in  B  —  H  sigma  bonding,  so  the  only  way  to  satisfy 
the  octet  rule  at  B  is  to  have  the  bridging  H  atoms  shown  in 

Figure  22.50.  (c)  The  term  'hvdridic'  indicates  that  the  H  atoms 
in  B2Hh  have  more  than  the  usual  amount  of  electron  density 
for  a  covalently  bound  H  atom.    22.84  (a)  88.2  g  H2  (b)  980  L 
22.87  SiH4,CO,  Mg    22.89  (a)  SO,  (b)  C1205  (c)  N203 

(d)  CO;  (e)  FsO,    22.95  Ge02(s)  +  C(s)         Ge(/)  +  C02(g) 

Ge(/)  +  2  Cl2(g)   >  GeCl4(/) 
GeCl4(/)  +  2  H20(Z)   »  Ge02(s)  +  4  HC\(g) 
Ge02(s)  +  2  H2(g)  —  Ge(s)  +  2  H-.O(0 
22.97  (a)  N2H4(flijf)  +  2H202(aq)   »  N2(g)  +  4  H->0(/) 
(b) 

SOz(g)  +  2  OH~(nq)  +  2  H202(rt(?)   *  S04:"(mj)  +  2  H20(/) 
(c)  N02~(nq)  +  H202(aq)   *  N03~(nq)  +  H20(/) 
(d)  H2S(g)  +  H202(<7,/)   >  S(s)  +  2H20(/) 
(e) 

2  Te-~(aq)  +  H202(aq)  +  2  H~(aq) 2  te'-(aq)  +  2  H20(/) 

22.99  The  average  Xe-F  bond  enthalpy  in  XeF2  and  XeF4  is  134 
kj;  in  XeFb  it  is  130  kj.  These  values  are  remarkably  constant  in 

the  series.    22.101  [HCIO]  =  0.036  M    22.104  (a)  S02(g)  + 
2  U2S(nq)   *  3  S(s)  +  2  H20(/)  or  8  S02(g)  + 
16  H2S(aq)   »  3  S8(s)  +  16  H20(/)  (b)  2.0  x  103  mol  = 
5.01  x  104  L  H2S(g)  (c)  9.5  x  lb4  g  S  =  210  lb  S  per  ton  of  coal 
combusted.    22.106  D(H  —  O)  =  463  kj,  D(H  —  S)  =  367  kj, 
D(H  — Se)  =  316  kj,  D(H  —  Te)  =  266  kj.  The  H  — X  bond  en- 

ergy decreases  steadily  in  the  series,  probably  due  to  the  in- 
creasing size  of  the  orbital  from  X  with  which  the  hydrogen  Is 

orbital  must  overlap.    22.109  12  tons  N204 

Chapter  23 

23.1  (c)  A1203  and  Fe203.  The  compounds  have  the  same  stoi- 
chiometrv  and  both  metals  are  in  high  oxidation  states,  so  they 
could  have  been  formed  in  the  same  environment.  Both  com- 

pounds are  inert  solids  that  would  survive  environmental 
degradation.    23.5  The  most  common  solid-state  structure  for 
metals  is  one  of  the  close-packed  forms  because  they  result  in 
maximum  metal-metal  contacts,  orbital  interactions,  and  der- 

ealization in  metallic  bonding.    23.9  Iron:  hematite,  Fe203: 

magnetite,  Fe304.  Aluminum:  bauxite,  A1203\\'H20.  In  ores, 
iron  is  present  as  the  3+  ion  or  as  both  the  2+  and  3+  ions  as 
in  magnetite.  Aluminum  is  always  present  in  the  +3  oxidation 
state.    23.11  An  ore  consists  of  a  little  bit  of  the  stuff  we  want 

(chalcopvrite,  CuFeS->)  and  lots  of  other  junk  (gangue). 
23.13  (a)Cr203(s)  +  6  Na(/)   ►  2Cr(s)  +  3  Na20(s) A 
(b)  PbC03(s) 

(c)  2  CdS(s)  +  3  02(tf) 

PbO(s 
+  C02(g) 

■  2  CdO(s)  +  2  S02(g) 
Zn(/)  +  C02(g) 

(d)  ZnO(s)  +  CO(g)  — > 
23.15  (a)  S03(g)  (b)  CO($)  provides  a  reducing  environment 

for  the  transformation  of  Pb2~  to  Pb.  (c)  PbS04(s)   »  PbO(s) 
+  S03(g);  PbO(s)  +  CO(g)   ►  Pb(s)  +  C02(g) 
23.17  The  major  reducing  agent  is  CO,  formed  by  partial 
oxidation  of  the  coke  (C)  with  which  the  furnace  is  charged. 

Fe203(s)  +  3  CO(g)   »  2  Fe(/)  +  3  C02(g);  Fe304(s)  + 
4  CO(g)   ►  3  Fe(/)  +  C02(g)    23.19  (a)  Air  serves  mainly  to 
oxidize  coke  to  CO;  this  exothermic  reaction  also  provides  heat 

for  the  furnace:  2  C(s)  +  02(g)   *  2  CO(g),  AH  =  -221  kj. 
(b)  Limestone,  CaC03,  is  the  source  of  basic  oxide  for  slag 

formation:  CaC03(s) CaO(s)  +  C02(g); 

CaO(/)  +  Si02(/)   »  CaSi03(/).  (c)  Coke  is  the  fuel  for  the 
blast  furnace  and  the  source  of  CO,  the  major  reducing  agent  in 
the  furnace.  2  C(s)  +  02(g)   >  2  CO(g); 

4  CO(g)  +  Fe304(s)   ►  4  C02(g)  +  3  Fe(/)  (d)  Water  acts  as  a 
source  of  hydrogen  and  as  a  means  of  controlling  temperature. 

C(s)  +  H20(g)   ►  CO(g)  +  H2(g),  AH  =  +131  kj    23.21  To 
purify  crude  cobalt  electrochemically,  use  an  electrolysis  cell  in 
which  the  crude  metal  is  the  anode,  a  thin  sheet  of  pure  cobalt 
is  the  cathode,  and  the  electrolyte  is  an  aqueous  solution  of  a 
soluble  cobalt  salt  such  as  CoSD4-7  H20.  Reduction  of  water 
doesn't  occur,  because  of  kinetic  effects.  Anode  reaction: 

Co(s)   *  Co2~(aq)  +  2e  ";  cathode  reaction:  Co2^(aq)  + 
2e~   *  Co(s).    23.23  Sodium  is  metallic;  each  atom  is  bond- 

ed to  many  others.  When  the  metal  lattice  is  distorted,  many 
bonds  remain  intact.  In  NaCl  the  ionic  forces  are  strong,  and 
the  ions  are  arranged  in  very  regular  arrays.  The  ionic  forces 
tend  to  be  broken  along  certain  cleavage  planes  in  the  solid, 
and  the  substance  does  not  tolerate  much  distortion  before 

cleaving.    23.25  In  the  electron-sea  model,  valence  electrons 
move  about  the  metallic  lattice,  while  metal  atoms  remain 

more  or  less  fixed  in  position.  Under  the  influence  of  an  ap- 
plied potential,  the  electrons  are  free  to  move  throughout  the 

structure,  giving  rise  to  thermal  and  electrical  conductivity. 
23.27  The  variation  in  densities  indicates  shorter  metal-metal 
bond  distances  moving  from  left  to  right  in  the  series.  It  seems 
that  the  extent  of  metal-metal  bonding  increases  in  the  series, 
which  is  consistent  with  greater  occupancy  of  the  bonding 
band  as  the  number  of  valence  electrons  increases  up  to  6. 
23.29  (a)  K  (b)  Zn.  Ductility  would  be  lower  as  the  number  of 
bonding  electrons  per  atom  increases,  producing  a  stiffer  lat- 

tice, less  susceptible  to  distortion.    23.31  White  tin  is  more 
metallic  in  character;  it  has  a  higher  conductivity  and  a  longer 
Sn-Sn  distance  (3.02  A)  than  gray  tin  (2.81  A).    23.33  An  alloy 
contains  atoms  of  more  than  one  element  and  has  the  proper- 

ties of  a  metal.  In  a  solution  alloy  the  components  are  random- 
ly dispersed.  In  a  heterogeneous  alloy  the  components  are  not 

evenly  dispersed  and  can  be  distinguished  at  a  macroscopic 
level.  In  an  intermetallic  compound  the  components  have  in- 

teracted to  form  a  compound  substance,  as  in  Cu3As. 
23.35  Isolated  atoms:  (b)  and  (f);  bulk  metal:  (a),  (c),  (d),  and 

(e).  Although  it  seems  that  atomic  radius  is  a  property  of  isolat- 
ed atoms,  it  can  only  be  measured  on  a  bulk  sample.    23.37  Hf 

has  a  completed  4  f  subshell,  while  Zr  does  not.  The  build-up 
in  Z  that  accompanies  the  filling  of  the  4  f  orbitals,  along  with 
additional  shielding  of  valence  electrons,  offsets  the  typical  ef- 

fect of  the  larger  n  value  for  the  valence  electrons  of  Hf.  Thus, 
the  atomic  radius  of  Hf  is  about  the  same  as  that  of  Zr,  the  ele- 

ment above  it  in  Group  4B.    23.39  (a)  ScF3  (b)  CoF3  (c)  ZnF2 

(d)  MoF,,    23.41  Chromium,  [Ax]Asl3iP,  has  six  valence  elec- 
trons, some  or  all  of  which  can  be  involved  in  bonding,  leading 

to  multiple  stable  oxidation  states.  Al,  [Ne]3s23;'1,  has  only 
three  valence  electrons,  which  are  all  lost  or  shared  during 

bonding,  producing  the  ̂ 3  state  exclusively.    23.43  (a)  Cr3_, 
[Ar]3d3  (b)  Au3_,  [Xe]4/145rf8  (c)  Ru2~,  [Kr]4rf6  (d)  Cu~, 
[Ar]3rf10  (e)  Mn4~,  [Ar]3rf3  (f)  Ir+,  [Xe]4/145d8    23.45  Ti2_ 
23.47  Fe2~  is  a  reducing  agent  that  is  readily  oxidized  to  Fe3+ 
in  the  presence  of  02  from  air. 
23.49  (a)  Fe(s)  +  2  HC\(aq)   ►  FeCl2(«^)  +  H2(g) 
(b)  Fe(s)  +  4  HN03(g)   *  Fe(N03)3(a<y)  +  NO(g)  +  2  H20(/) 
23.51  The  unpaired  electrons  in  a  paramagnetic  material  cause  it 
to  be  weakly  attracted  into  a  magnetic  field.  A  diamagnetic  mater- 

ial, where  all  electrons  are  paired,  is  very  weakly  repelled  by  a 
magnetic  field.    23.53  PbS(s)  +  02(g)   ►  Pb(/)  +  S02(g). 
S02(#)  is  a  product  of  roasting  sulfide  ores.  In  an  oxygen-rich  en- 

vironment, S02(£)  is  oxidized  to  S03(g),  which  dissolves  in 
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H20(/)  to  form  sulfuric  acid,  H2S04((fi/).  A  sulfuric  acid  plant  near 
a  roasting  plant  would  provide  a  means  for  disposing  of  haz- 

ardous S02(g)  that  would  also  generate  a  profit.    23.55  CO($): 
Pb(s);  H2(i):  Fe(s);  Zn(s):  Au(s)    23.58  Because  selenium  and  tel- 

lurium are  both  nonmetals,  we  expect  them  to  be  difficult  to  oxi- 
di/e.  Both  Se  and  Te  are  likely  to  accumulate  as  the  free  elements 
in  the  so-called  anode  slime,  along  with  noble  metals  that  are  not 
oxidized.    23.61  (a)  The  low  boiling  point  indicates  a  covalent 
molecule.  Nonbonded  electron  pairs  on  a  metal  are  unlikely,  so 
VSEPR  predicts  a  tetrahedral  structure,  (b)  The  -  S  oxidation  state 
required  for  a  tetraoxide  is  not  common  for  Fe.  Also,  in  a  reversal 
of  trend,  the  electronegativity  difference  between  He  and  O  is 
greater  than  that  between  Os  and  O,  so  the  iron  oxides  are  more 
likely  to  be  ionic.    23.64  E  will  become  more  negative  as  the  sta- 

bility (Kt  value)  of  the  complex  increases. 

23.67  (a)  Mn(s)  +  2  HN03(my)   »  MntNO^to/)  +  H2(g) 
(b)  Mn(N03)2(s)        Mn02(s)  +  2  N02(g) 

(c)  MnO:(s)         Mn304(s)  +  02(g) 

(d)  2  MnCl2(s)  +  9  F2(g)   *  2  MnF3(s)  +  4  ClF3(g) 
23.70  (a)  Insulator  (b)  semiconductor  (c)  metallic  conductor 
(d)  metallic  conductor  (e)  insulator  (f)  metallic  conductor 

23.71  (a)  6.7  X  108gSO2  (b)  2.3  mol  Cu/mol  He  (c)  CuO  and 
Fe203  (d)  Cu2S(s)  +  2  02(g)   >  2  CuO(s)  +  S02(g);  4  FeS(s) 
+  7  02(g)   ►  2  Fe203(s)  +  4  S02(g)    23.73  7.3  x  10:  g 
Ni2+(m?)    23.76  K  =  1.6  X  10h    23.78  (a)  The  standard  reduc- 

tion potential  for  H20(/)  is  much  greater  than  that  of  Mg_ '  (aq) 
(-0.83  V  vs.  -2.37  V).  In  aqueous  solution  H2Q(/)  would  be 
preferentially  reduced  and  no  Mg(>)  would  be  obtained. 

(b)  1.0  x  103kgMg 

Chapter  24 
24.1  (a)    ̂ N  c] 

Pt 

(b)  coordination  number  =  4,  coordination  geometry  =  square 
planar  (c)  oxidation  number  =  +2    24.4  Structures  (3)  and  (4) 
are  identical  to  (1 );  (2)  and  (5)  are  geometric  isomers  of  (1 ). 
24.6  The  yellow-orange  solution  absorbs  blue-violet;  the  blue- 
green  solution  absorbs  orange-red.    24.9  (a)  A  metal  complex 
consists  of  a  central  metal  ion  bonded  to  a  number  of  sur- 

rounding molecules  or  ions.  The  number  of  bonds  formed  bv 
the  central  metal  ion  is  the  coordination  number.  The  surround- 

ing molecules  or  ions  are  the  ligands.  (b)  Metal  ions,  by  virtue 
of  their  positive  charge  and  empty  d,  s,  or  p  orbitals,  act  as  elec- 

tron-pair acceptors,  or  Lewis  acids.  Ligands,  which  have  at 
least  one  unshared  electron  pair,  act  as  electron-pair  donors,  or 
Lewis  acids.    24.11  (a)  +2  (b)  6  (c)  2  mol  AgBr(s)  will  precipi- 

tate per  mole  of  complex.    24.13  (a)  Coordination 
number  =  4,  oxidation  number  =  +2  (b)  5,  +4  (c)  6,  +3  (d)  5, 

+2  (e)  6,  +3  (f)  4,  +2    24.15  (a)  4  CP  (b)  4  CI  ,1  02~ 
(c)  4  N,  2  CI"  (d)  5  C  (e)  6  O  (f)  4  N    24.17  (a)  A  monodentate 
ligand  binds  to  a  metal  via  one  atom,,  a  bidentate  ligand 
through  two  atoms,  (b)  Three  bidentate  ligands  fill  the  coordi- 

nation sphere  of  a  six-coordinate  complex,  (c)  A  tridentate  lig- 
and has  at  least  three  atoms  with  unshared  electron  pairs  in  the 

correct  orientation  to  simultaneously  bind  one  or  more  metal 
ions.    24.19  (a)  Orr/zo-phenanthroline,  ophen,  is  bidentate 
(b)  oxalate,  C204~  ,  is  bidentate  (c)  ethylenediaminetetraac- 
etate,  EDTA,  is  pentadentate  (d)  ethylenediamine,  en,  is  biden- 

tate   24.21  (a)  The  term  chelate  effect  refers  to  the  special 
stability  associated  with  formation  of  a  metal  complex  contain- 

ing a  polydentate  (chelate)  ligand  relative  to  a  complex 

containing  only  monodentate  ligands.  (b)  The  increase  in  en- 
tropy, +  AS,  associated  with  the  substitution  of  a  chelating  lig- 

and for  two  or  more  monodentate  ligands  generally  gives  rise 
to  the  chelate  effect.  Chemical  reactions  with  ■+■  AS  tend  to  be 
spontaneous,  have  negative  AG  and  large  positive  values  of  k. 
(c)  Polydentate  ligands  are  used  as  sequestering  agents  to  bind 
metal  ions  and  prevent  them  from  undergoing  unwanted 
chemical  reactions  without  removing  them  from  solution. 
24.23  (a)[Cr(Nlh)„](NO-,h  (b)  [Co(NH3)4CO^S04 
(c)  [Pt(en)2Cl2]Br2  (d)  K[V(H20)2Br4]  (e)  [Zn(en)2][HgI4] 
24.25  (a)  tetraaminedichlororhodium(III)  chloride  (b)  potassi- 

um hexachlorotitanate(IV)  (c)  tetrachlorooxomolybdenum(\T) 
(d)  tetraaqua(oxalato)platinum(IV)  bromide 
24,27       ONO       ONO  ONO  NHL, 

\  /  \  / 
(a)  Pd  Pd 

/  \  /  \ 
H3N         NH3  H3N  ONO 
cis  trans 

(b)  [Pd(NH3)2(ONO)2],  [Pd(NH3)2(N02)2] 
(c) 

\ 
N     I  N 
\  1  / 

\  CI 

CI 

i  N 

(  I 

(  I 
\ 

\ 

(d)  [Co(NEh)4Br2]Cl,  [Co(NH3)4BrCl]Br    24.29  Yes.  No  struc- 
tural or  stereoisomers  are  possible  for  a  tetrahedral  complex  of 

the  form  MA2B2.  The  complex  must  be  square  planar  with  cis 
and  trans  geometric  isomers.    24.31  In  the  trans  isomer  the 

CI  —  Co  —  NH  3  bond  angle  is  180°;  in  the  cis  isomer  this  bond 
angle  is  90°.  The  cis  isomer  is  chiral.    24.33  (a)  One  isomer 
(b)  trans  and  cis  isomers  with  180  and  90  CI  —  Ir  —  CI  angles, 
respectively  (c)  trans  and  cis  isomers  with  180°  and  90° 
CI  —  Fe  —  CI  angles,  respectively.  The  cis  isomer  is  optically  ac- 

tive.   24.35  (a)  Visible  light  has  wavelengths  between  400  and 
700  nm.  (b)  Complementary  colors  are  opposite  each  other  on  an 

artist's  color  wheel,  (c)  A  colored  metal  complex  absorbs  visi- 
ble light  of  its  complementary  color,  (d)  I96k|  mol 

24.37  Most  of  the  attraction  between  a  metal  ion  and  a  ligand 
is  electrostatic.  Whether  the  interaction  is  ion-ion  or  ion-dipole, 
the  ligand  is  strongly  attracted  to  the  metal  center  and  can  be 
modeled  as  a  point  negativ  e  charge. 
24.39  (a)  ,  ,  ,  . , 

~t 
 

A  dXy>  dxz>  dy 

(b)  The  magnitude  of  A  and  the  energy  of  the  d-d  transition  for 
a  d1  complex  are  equal,  (c)  A  =  203  kj/mol  24.41  A  yellow 
color  is  due  to  absorption  of  light  around  400  to  430  nm,  a  blue 
color  to  absorption  near  620  nm.  The  shorter  wavelength  corre- 

sponds to  a  higher-energy  electron  transition  and  larger  A 
value.  Cyanide  is  a  stronger-field  ligand,  and  its  complexes  are 
expected  to  have  larger  A  values  than  aqua  complexes. 

24.43  (a)Ti3+,d]  (b)Co3+,d6  (c)Ru3+,cP  (d)Mov,</' 
(e)Rev,</4   24.45  (a) Mn,  [Ar]4s23d5;  Mn2+,  [Ar]3rf5;  I  unpaired 
electron  (b)  Ru,  [Kr]5s'4</7;  Ru"',  [Kr|4(/";  0  unpaired  electrons 
(c)  Rh,  [Kr^s^d8;  Rh2\  [Kr]4i/7;  1  unpaired  electron    24.47  All 
complexes  in  this  exercise  are  six-coordinate  octahedral. 
(a)  Mi  I    (b)  mTi    (c>  (d) 

1 1 1 1 1 1 1 
11 1 11 1 11 1 

11  11 

d  ,  high  spin      d  \  high  spin      d'\  low  spin      d5,  low  spin 
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(e) (f) 
1  1 24.49 1  1 

1 1 1 1 1 U  |  U  |  11 1 

d5 

high  spin 

24.51  [Pt(NH3)6]Cl4:  [Pt(NH3)4Cl,]Cl,;  [Pt(NH3)3Cl3]Cl; 

[Pt(NH3)2Cl4];  K[Pt(NH3)Cl5]    24~.54  (a)-  [24.53(a)]  c/s-tetraam- minediaquacobalt(II)  nitrate;  [24.53(b)]  sodium  aquapen- 
tachlororuthenate(in);  [24.53(c)]  ammonium 
frans-diaquabisoxalatocobaltatedll);  [24.53(d)]  c/s-dichloro- 
bisethylenediamineruthenium(II)  (b)  Only  the  complex  in 
24.53(d)  is  optically  active.  The  mirror  images  of  (a)-(c)  can  be 
superimposed  on  the  original  structure.  The  chelating  ligands 
in  (d)  prevent  its  enantiomers  from  being  superimposable. 
24.56  (a)  In  a  square-planar  complex,  if  one  pair  of  ligands  is 
trans,  the  remaining  two  coordination  sites  are  also  trans  to 
each  other.  The  bidentate  ethylenediamine  ligand  is  too  short 
to  occupy  trans  coordination  sites,  so  the  trans  isomer  of 
[Pt(en)Cl2]  is  unknown,  (b)  The  minimum  steric  requirement 
for  a  trans-bidentate  ligand  is  a  medium-length  chain  between 
the  two  coordinating  atoms  that  will  occupy  the  trans  posi- 

tions. A  polydentate  ligand  such  as  EDTA  is  much  more  likely 
to  occupv  trans  positions  because  it  locks  the  metal  ion  in  place 
with  multiple  coordination  sites  and  shields  the  metal  ion  from 
competing  ligands  present  in  the  solution. 

24.59  (a)AgCl(s)  +  2NH3(rti/)   >  [Ag(NH3)2]+(a<?)  +  C\~(aq) 
(b)  [Cr(en)2Cl2]Cl(fl</)  +  2  H:0(/)   ► 

[Cr(en)2(H20)2]3>(7)  +  3Cr(mri; 
3  Ag+(aq)  +  3  C\-(aq)   »  3  AgCl(s)  (c) 
Zn(OH3)2(fl(7)  +  2  NaOH(flq)   *  Zn(OH)2(s)  +  2  NaN03(fl</); 

Zn(OH)2(s)  +  2  NaOH(flt7)   *  [Zn(OH)4]2~(rt<7)  +  2  Na'(nq) 

(d)  Co2''(nq)  -  4  C\-(aq)   ►  [CodJ2-^) 
24.62  (a)  I — | — | 

complex  will  have  a  large  A  splitting,  characteristic  of  low-spin 

complexes.    24.73  In  carbonic  anhydrase,  Zn2^  is  the  Lewis 
acid,  withdrawing  electron  density  from  H20,  the  Lewis  base. 
The  O  —  H  bond  is  polarized  and  H  becomes  more  ionizable, 
more  acidic  than  the  bulk  solvent.    24.75  K4[Mn(ox)2Br2] 

24.78  47.3  mgMg2+/L,  53.4  mgCa27L 
24.81  AE  -  3.02  x  10~iy  J/photon,  A  =  657  nm.  The  complex 
will  absorb  in  the  visible  around  660  nm  and  appear  blue-green. 

Chapter  25 
25.2  Molecule  (c)    25.5  (a)  Molecule  (i),  disaccharide  (b)  mol- 

ecule (iii),  amino  acid  (c)  molecule  (ii),  organic  base  (d)  mole- 
cule (iv),  alcohol    25.7  The  carbon  atoms  with  two  and  three 

hydrogens  both  have  tetrahedral  electron-domain  geometry, 
109°  bond  angles,  and  s/>3  hybridization.  The  carbon  atom  with 
one  hydrogen  has  trigonal-planar  electron-domain  geometry, 
1 20°  bond  angles,  and  sp~  hybridization.    25.9  Carbon,  hydrogen, 
oxygen,  nitrogen,  sulfur,  phosphorus,  fluorine,  and  chlorine.  Oxy- 

gen, nitrogen,  fluorine,  and  chlorine  are  more  electronegative  than 
carbon;  sulfur  has  the  same  electronegativity  as  carbon. 

25.11  (a)  A  straight-chain  hydrocarbon  has  all  carbon  atoms  con- 
nected in  a  continuous  chain.  A  branched -chain  hydrocarbon  has  a 

branch;  at  least  one  carbon  atom  is  bound  to  three  or  more  carbon 
atoms,  (b)  An  alkane  is  a  complete  molecule  composed  of  carbon 
and  hydrogen  in  which  all  bonds  are  a  bonds.  An  alkyl  group  is  a 
substituent  formed  by  removing  a  hvdrogen  atom  from  an  alkane. 
(c)  Alkanes  are  said  to  be  saturated  because  they  cannot  undergo 
addition  reactions,  such  as  those  characteristic  of  carbon-carbon 
double  bonds.    25.13  (a)C5H]2  (b)C3H10  (c)C5H10  (d)C5H8; 
saturated:  (a),  (b);  unsaturated:  (c),  (d)   25.15  C„H2„-2 
25.17 

CH3— CH2— CH2— CH=CH2 1-  Pentene  CH-^ 

CH3— CH2—  CH=CH— CH3    CH2=CH— CH— CH3 
2-  Pentene  3-Methvl-l-butene 

d- 

(b)  Visible  light  with  A  =  he  A  is  absorbed  bv  the  complex, 
promoting  one  of  the  d  electrons  into  a  higher  energy  d  orbital. 
The  remaining  wavelengths  are  reflected  or  transmitted;  the 
combination  of  these  wavelengths  is  the  color  we  see. 

(c)  [V(H,0)6]3"  will  absorb  light  with  higher  enerev  because  it 
has  a  larger  A  than  [VFg]   .  H20  is  in  the  middle  of  the  spec- 

trochemical  series  and  causes  a  larger  A  than  F~,  a  weak-field 
ligand.    24.64  [Co(NH3)6]3~,  yellow;  [Co(H,0)6]2_,  pink; 
[CoCl4]2~,  blue    24.66  (a)  [FeF6]4".  F"  is  a  weak-field  ligand 
that  imposes  a  smaller  A  and  longer  A  for  the  complex  ion. 

(b)  [V(H,0)h]2^.  V2*  has  a  lower  charge,  so  the  interaction 
with  the  ligand  will  produce  a  weaker  field,  a  smaller  A,  and 

a  longer  absorbed  wavelength,  (c)  [CoCl4]~~.  CP  is  a  weak- field  ligand  that  imposes  a  smaller  A  and  a  longer  A  for  the 
complex  ion. 
24.69  (a) 

\C  . 

NC 

O 
C 

C 
o 

,CN 
CN 

(b)  sodium  dicarbonvltetracyanoferrate(II)  (c)  +2,  6d  electrons 
(d)  We  expect  the  complex  to  be  low  spin.  Cyanide  (and  car- 
bonyl)  are  high  on  the  spectrochemical  series,  which  means  the 

CH? 

CH;=C— CH2— CH3  CH3— C=CH— CH3 

2-Methyl-l-butene  2-Methyl-2-butene 
25.19  (a)  109°  (b)  120°  (c)  180°  25.21  (a)  2-methylhexane 
(b)  4-ethyl-2,4-dimethyldecane 

CH3 

I 
 " 

(c)  CH3— CH2— CH2— CH— CH2— CH3 

CH3 

CH,  CH3 

I  I 

(d)  CH3— CH2— CH2— CH2— CH— CH2— C— CH3 

CH3 

H  H 
H      VX  CH3 

H— C  C— H 
,CH,  CH3 /        \  / 

CH2  CH (e) 

H— C^  .C—  H /  \ 
H      /  \  H 
H  H 

CH, 
\ 

CH, 

CH, 

25.23  (a)  2,3-dimethylheptane  (b)  ds-6-methyl-3-octene 
(c)  /wra-dibromobenzene  (d)  4,4-dimethyl-l-hexyne 
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(e)  methvlcyclobutane    25.25  Geometric  isomerism  in  alkenes  is 
tlit-  result  el  restricted  rotation  about  the  double  bond.  In  alkanes 
bonding  sites  are  interchangeable  by  tree  rotation  about  the 
C  —  C  single  bonds.  In  alkynes  there  is  only  one  additional  bond- 

ing site  on  a  triplv  bound  carbon,  so  no  isomerism  results. 
25.27  (a)  No 

I  I 

(b) 

(  IN  ( 
/ 

C  =  C 

CI CIH?C (  1 

\ c=c 
CH3 

1 1 

CH3 

(c)  no  (dj  no    25.29  65    25.31  (a)  An  addition  reaction  is  the 
addition  ol  some  reagent  to  the  tu  o  atoms  that  form  a  multiple 
bond.  In  a  substitution  reaction  one  atom  or  group  of  atoms  re- 

places another  atom.  Alkenes  typically  undergo  addition, 
w  hile  aromatic  hydrocarbons  usually  undergo  substitution, 
(b) 

CH3   H    CI  I  .  Ill  ;   II  CH-, 

CH;  —  CH  —  C  =  C  —  C  I  I  >  •  Br: CH,— CH  —  C  —  C  —  CH, 

Br  Br 

+  cu I  K  I 

25.33  (a)  The  60°  C  —  C  —  C  angles  in  the  cyclopropane  ring 
cause  strain  that  provides  a  driving  force  tor  reactions  that  re- 

sult in  ring  opening.  There  is  no  comparable  strain  in  the  five- 
or  six-membered  rings. 
(b)C2H4(x)  +  HBr(x)   *  CH3CH2Br(/); 

C6H6(Z)  +  CH3CH2Br(/)  C6H5CH2CH3(/)  +  HBr(g) 25.35  The  intermediate  is  a  carbocation.  One  of  the  C  atoms  for- 
merly involved  in  the  -  bond  is  now  bound  to  a  second  H  atom 

from  the  hydrogen  halide.  The  other  C  atom  formerly  invok  ed  in 
the  77  bond  carries  a  full  positive  charge  and  forms  only  three 
sigma  bonds,  two  to  adjacent  C  atoms  and  one  to  H. 
25.37  AHcomb/mol  CH2  for  cyclopropane  =  696.3  kj,  for  cy- 
clopentane  =  663.4  kj.  AHcomt,/CH2  group  for  cyclopropane  is 
greater  because  C3H 6  contains  a  strained  ring.  When  combustion 
occurs,  the  strain  is  relieved  and  the  stored  energy  is  released. 
25.39  (a)  Ketone  (b)  carboxylic  acid  (c)  alcohol  (d)  ester 
(e)  amide  (f)  amine   25.41  (a)  Propionaldehyde  (or  propanal): 

II  II 

H— C— C— C 

O 

H  H 

(b)  ethylmethyl  ether: 
1 1  H 

H— C— C— O  — C— H 

II     H  H 

25.43  (a)  Methanoic  acid  (b)  butanoic  acid  (c)  3-methylpen- 
tanoic  acid 

25.45  (a)  CH3CH20— C 

Ethylbenzoate 

1 1  o 
o 

(b)  CH3N— CCH3  (c)  \0/    °— CCH3 
N-methylethanamide  or 
N-methylacetamide Phenvlacetate 

25.47 
O 

(a)  CH3CH2C— O— CH3  f  NaOH 
C  II  C  M  C 

O 

~o 

o 

(b)  CH3C  — O 

■  NaOH 

25.49  The  presence  of  both  — OH  and  — C  =  0  groups  in 
pure  acetic  acid  leads  us  to  conclude  that  it  will  be  a  strongly 
hydrogen-bonded  substance.  That  the  melting  and  boiling 
points  of  pure  acetic  acid  are  both  higher  than  those-  of  water,  a 
substance  we  know  to  be  strongly  hydrogen-bonded,  supports 
this  conclusion. 

Ol  I 
25.51  (a)  CH,CH2CHCH3  (b)HOCH2CH2OH 

O  O 

(c)  H— C— OCH3  (d)  CH3CH2CCH2CH3 

(e)  CH3CH2OCH2Cl  I  , 
H     H     CH  (Br  II 

25.53  H— C— C— C— C— C— H  Vhiral  C  atoms 

II     II     II    CI  H 

25.55  (a)  An  a-amino  acid  contains  an  NH,  group  attached  to 
the  carbon  adjacent  to  the  carboxcylic  acid  function,  (b)  In  pro- 

tein formation,  amino  acids  undergo  a  condensation  reaction 
between  the  amino  group  of  one  molecule  and  the  carboxylic 
acid  group  of  another  to  form  the  amide  linkage. 
25.57 

I  UN     O     II     II  O 

HO  —  CH,— C—  C- 
H 

N— C— C— O (CH2)4 

NH3H 

Servl  lysine 

H3N     O    II     II  O 

H3N— (CH2)4— C  —  C— N— C  —  C  —  O II  CH2 

OH 

Lysvlserine 



A-34       Answers  to  Selected  Exercises 

25.59  (a) HOHHOHHO 

H3N— C— C— N— C— C— N— C— C— O 

CH— CH3     CH3  CH> 

CH2  .  SH CH3 

Ile-Ala-Cys 

(b)  Eight:  Ser-Ser-Ser;  Ser-Ser-Phe;  Ser-Phe-Ser;  Phe-Ser-Ser; 
Ser-Phe-Phe;  Phe-Ser-Phe;  Phe-Phe-Ser;  Phe-Phe-Phe 
25.61  The  primary  structure  of  a  protein  refers  to  the  sequence 
of  amino  acids  in  the  chain.  The  secondary  structure  is  the  con- 

figuration (helical,  folded,  open)  of  the  protein  chain.  The  ter- 
tiary structure  is  the  overall  shape  of  the  protein  determined  by 

the  way  the  segments  fold  together   25.63  (a)  Carbohydrates, 
or  sugars,  are  polyhydroxyaldehydes  or  ketones  composed  of 
carbon,  hydrogen,  and  oxvgen.  Thev  are  derived  primarily 
from  plants  and  are  a  major  food  source  for  animals. 
(b)  A  monosaccharide  is  a  simple  sugar  molecule  that  cannot 
be  decomposed  into  smaller  sugar  molecules  by  hydrolysis. 
(c)  A  disaccharide  is  a  carbohydrate  composed  of  two  simple 
sugar  units.  Hydrolysis  breaks  a  disaccharide  into  two  mono- 

saccharides. 25.65  (a)  In  the  linear  form  of  galactose,  the 
aldehydic  carbon  is  CI.  Carbon  atoms  2,  3,  4,  and  5  are  chiraJ 
because  thev  each  carry  four  different  groups,  (b)  Both  the  /3 
form  (shown  here)  and  the  a  form  (OH  on  carbon  1  on  same 
side  of  ring  as  OH  on  carbon  2)  are  possible. 

CH-.OH 

HO 

CJ
 

H 

C— 

H 
OH 

-O 

c  ■ 

H 

■  L 

/ 

lC 

H 

H  OH 
Galactose 

25.67  The  empirical  formula  of  glycogen  is  CfJT^oO^.  The  six- 
membered  ring  form  of  glucose  is  the  unit  that  forms  the  basis 
of  glycogen.  The  monomeric  glucose  units  are  joined  by  a  link- 

ages.   25.69  A  nucleotide  consists  of  a  nitrogen-containing 
aromatic  compound,  a  sugar  in  the  furanose  (five-membered) 
ring  form,  and  a  phosphoric  acid  group.  The  structure  of  de- 
oxycyridine  monophosphate  is 

N'H-. 

O- 

(  I 

O"
 

CH^O^ 

'N 

H 
HY — / 

-C 

H 

OH  H 

25.71  C4HtO,CH.OH  -  HP04:~   ► 

C4H7Q3CH2—  O  —  P032  +  H20 25.73  In  the  helical  structure  for  DNA,  the  strands  of  the 

polynucleotides  are  held  together  by  hydrogen-bonding  inter- 
actions between  particular  pairs  of  bases.  Adenine  and 

thymine  are  one  base  pair,  am.  guanine  and  cytosine  are  anoth- 
er. For  each  adenine  in  one  strand  there  is  a  cvtosine  in  the 

other,  so  that  total  adenine  equals  total  thymine,  and  total  gua- 
nine equals  total  cytosine. 

H 

H  O 
C //\ 

25.75  H7C=C —  C — 11    H  — C— C— OH 

H 

H  —  C=C —  CH-.OH 

II H  H  CH, 

CH3  CH2CH3    H  CH2CH3 
cis  trans 

Cyclopentene  does  not  show  cis-trans  isomerism  because  the 
existence  of  the  ring  demands  that  the  C  —  C  bonds  be  cis  to 
one  another. 

CH7 

/\ 

23.81  H,C=CH— CH.OH     H,C— C  — H 
I 
OH 

(Structures  with  the  — OH  group  attached  to  an  alkene  carbon 
atom  are  called  "vinyl  alcohols"  and  are  not  the  major  form  at 
equilibrium.)    25.84  (a)  Alkene,  ether,  alkene  (b)  aromatic 
ring,  carboxvlic  acid,  ester  (c)  ketone,  alkene,  alcohol 
25.86  The  difference  between  an  alcoholic  hydrogen  and  a  car- 

boxvlic acid  hydrogen  is  two-fold.  In  a  carboxvlic  acid  the  elec- 
tronegative carbonvl  oxygen  withdraws  electron  density  from 

the  O  —  H  bond,  rendering  the  bond  more  polar  and  the  H 
more  ionizable.  Also,  the  conjugate  base  of  a  carboxvlic  acid  is 
stabilized  by  resonance,  which  encourages  ionization  of  the 
carboxvlic  acid.  In  an  alcohol  no  electronegative  atoms  are 

bound  to  the  carbon  that  holds  the  — OH  group,  there  is  no 
resonance  stabilization  of  the  conjugate  base,  and  H  is  tightly 
bound  to  O.    25.89  (a)  None  (b)  The  carbon  bearing  the  sec- 

ondary —  OH  has  four  different  groups  attached,  and  is  thus 
chiral.  (c)  The  carbon  bearing  the  — NH2  group  and  the  car- 

bon bearing  the  CH3  group  are  both  chiral.    25.91  Glu-Cys- 
Glv  is  the  only  possible  order.  Glutamic  acid  has  two  carboxyl 
groups  that  can  form  a  peptide  bond  with  cysteine,  so  there  are 
two  possible  structures  for  glutathione. 

O    H     O    H  O 
-       II      I       II      I  II 

H3NCHC— N'CHC— \CH2CO~  or 

(CH2)2      CH2  O    H     O    H  O 

COO"      SH  H3XCH2CH2C— NCHC— XCH2CO~ COO"  CH2 

SH 25.93  Glucose  is  an  aldohexose,  and  fructose  is  a  ketohexose. 

25.95  Ethanol  contains  — O  —  H  bonds,  which  form  strong  in- 
termolecular  hydrogen  bonds,  while  dimethyl  ether  experi- 

ences only  weak  dipole-dipole  and  dispersion  forces.  Polar 
CH2F2  experiences  dipole-dipole  and  dispersion  forces,  while 
nonpolar  CF4  experiences  only  dispersion  forces. 

O 

25.97  CH3CCH2CH3 

25.99  AG:  =  13  kj    25.103  [AMPOH"]  [AMPO2-] 
0.65 



Answers  to  "Give  It  Some 

Thought"  Questions 

Chapter  1 

page  3  (a)  about  100  elements,  (b)  atoms  and  molecules. 

page  6  oxygen,  O 
page  8  The  water  molecule  contains  the  atoms  of  two  different 

elements. 

page  11  (a)  is  a  chemical  change  because  a  new  substance  is 
being  formed,  (b)  is  a  physical  change  because  the  water 
merely  changes  its  physical  state  and  not  its  composition 

page  75  I  pg,  which  equals  10  12  g. 
page  21  (b)  is  inexact  because  it  is  a  measured  quantity.  Both  (a) 

and  (c)  are  exact;  (a)  involves  counting,  and  (c)  is  a  defined 
value. 

page  26  Whenever  possible,  we  must  avoid  using  a  conversion 
factor  that  has  fewer  significant  figures  than  the  data  whose 
units  are  being  converted.  It  is  best  to  use  at  least  one  more 
significant  figure  in  the  conv  ersion  factor  than  in  the  data, 
which  is  what  was  done  in  Sample  F.xercise  1.9. 

Chapter  2 

page  39  (a)  the  law  of  multiple  proportions,  (b)  The  second  com- 
pound must  contain  two  oxygen  atoms  for  each  carbon  atom 

(that  is,  twice  as  many  carbon  atoms  as  the  first  compound.) 

page  43  (top)  Most  a  particles  pass  through  the  toil  without 
being  deflected  because  most  of  the  volume  of  the  atoms  that 
comprise  the  foil  is  empty  space. 

page  43  (bottom)  (a)  The  atom  has  15  electrons  because  atoms 
have  equal  numbers  of  electrons  and  protons,  (b)  The  pro- 

tons reside  in  the  nucleus  of  the  atom. 

page  47  Any  single  atom  of  chromium  must  be  one  of  the  iso- 
topes of  that  element.  The  isotope  mentioned  has  a  mass  ot 

52.94  amu  and  is  probably  Cr.  The  atomic  weight  differs 
from  the  mass  of  any  particular  atom  because  it  is  the  aver- 

age atomic  mass  of  the  naturally  occurring  isotopes  of  the 
element. 

page  51  (a)  CI.  (b)  third  period  and  group  7A.  (c)  17. 
(d)  nonmetal. 

page  55  (a)  C2H(1.  (b)  CH3.  (c)  Probably  the  ball-and-stick 
model  because  the  angles  between  the  sticks  indicate  the  an- 

gles between  the  atoms. 

page  58  We  write  the  empirical  formulas  for  ionic  compounds. 
Thus,  the  formula  is  CaO. 

page  61  The  transition  metals  can  form  more  than  one  type  ol 
cation,  and  the  charges  of  these  ions  are  therefore  indicated 

explicitly  with  Roman  numerals:  Chromium(II)  ion  is  Cr2' . 
Calcium,  on  the  other  hand,  always  forms  the  Ca2  ion,  so 
there  is  no  need  to  distinguish  it  from  other  calcium  ions 
with  different  charges. 

page  63  (top)  An  -ide  ending  usually  means  a  monatomic  anion, 
although  there  are  some  anions  with  two  atoms  that  are  also 

named  this  way.  An  -ate  ending  indicates  an  oxyanion.  The 

most  common  oxyanions  have  the  -(//rending.  An  -He ending 
also  indicates  an  oxyanion,  but  one  having  less  O  than  the 
anion  whose  name  ends  in  -ale. 

page  63  (bottom)  BtV  and  Si044  .  The  borate  has  three  O 
atoms,  like  the  other  oxyanions  of  the  second  period  in 

Figure  2.27,  and  its  charge  is  3—,  following  the  trend  ot  in- 
creasing negative  charge  as  you  move  to  the  left  in  the  peri- 

od. The  silicate  has  four  O  atoms,  as  do  the  other  oxyanions 

in  the  third  period  in  figure  2.27,  and  its  charge  is  4-,  also 
following  the  trend  of  increasing  charge  moving  to  the  left. 

Chapter  3 

page  SO  Each  Mg(OH)2  has   1   Vlg,  2  O,  and  2  H;  thus, 

3  Mg(OH)2  represents  3  Mg,  (->  O,  and  Ml. 

page  85  The  product  is  an  ionic  compound  involving  Na*  and 
S~  ,  and  its  chemical  formula  is  therefore  Na2S. 

page  100  There  are  experimental  uncertainties  in  the 
measurements. 

page  101  3.14  mol  because  2  mol  1 12      1  mo!  02. 

Chapter  4 

pagel23  (a)  K  '  (aq)  and  CN  (aq),  (b)  Na  '  (aq)  and  C104  (aq). 
page  125  MgBn,  because  it  leads  to  ions  in  solution. 

page  132  HBr. page  137  S(  )2(g). 

page  139  (a)  Ne,  (b)  0. 
page  144  Ni  (nq) 

page  150  Molarity  is  reduced  to  0.25  M 

page  152  12.50  ml 

Chapter  5 

page  169  (a)  kinetic  energy,  (b)  potential  energy,  (c)  heat, 

(d)  work. 
page  176  The  balance  (current  state)  doesn't  depend  on  the 

wavs  the  money  may  have  been  transferred  into  the  account 
or  on  the  particular  expenditures  made  in  withdrawing 
money  from  the  account.  It  depends  only  on  the  net  total  of 
all  the  transactions. 

page  178  It  provides  us  with  a  state  function  thai  allows  us  to 
focus  on  heat  flow,  which  is  easier  to  measure  than  the  work 
that  accompanies  a  process. 

page  180  (he  coefficients  indicate  the  numbers  ol  moles  of  reac- 
tants  and  products  that  give  rise  to  the  stated  enthalpy  change 

page  185  (a)  The  energy  lost  by  a  sv  stem  is  gained  by  its  sur- 
roundings, (b)  System  =  "^surroundings 

page  189  (a)  the  sign  ol  A//  changes,  (b)  the  magnitude  ot  A// 
doubles. 

page  192  2C(s)  +  H2(g)   >  C2H2(x)       AH/  =  226.7  k| 

page  P>7  fats A-35 



A-36       Answers  to  "Give  It  Some  Thought"  Questions 

Chapter  6 

page  218  Visible  light  is  one  fofm  of  electromagnetic  radiation; 
all  visible  light  is  electromagnetic  radiation,  but  not  all  elec- 

tromagnetic radiation  is  visible. 

page  220  Both  visible  light  and  X  rays  are  forms  of  electromag- 
netic radiation.  They  therefore  both  travel  at  the  speed  of 

light,  c.  The  differing  ability  to  penetrate  skin  is  due  to  the 
different  energies  of  visible  light  and  X  rays,  which  we  will 
discuss  in  the  next  section. 

page  222  As  temperature  increases,  the  average  energy  of  the 
emitted  radiation  increases.  Blue-white  light  is  at  the  short 
end  of  the  visible  spectrum  (at  about  400  nm)  whereas  red 
light  is  closer  to  the  other  end  of  the  visible  spectrum  (about 
700  nm).  Thus,  the  blue-white  light  has  a  higher  frequency,  is 
more  energetic,  and  is  consistent  with  higher  temperatures. 

page  223  Electrons  would  be  ejected,  and  the  ejected  electrons 
would  have  greater  kinetic  energy  than  they  did  when  eject- 

ed by  yellow  light. 

page  226  According  to  the  third  postulate,  photons  of  only  cer- 
tain allowed  frequencies  can  be  absorbed  or  emitted  as  the 

electron  changes  energy  state.  The  lines  in  the  spectrum  cor- 
respond to  the  allowed  frequencies. 

page  227  Absorb,  because  it  is  moving  from  a  lower-energy 
state  (/;  =  3)  to  a  higher-energy  state  (;;  =  7). 

page  229  Yes,  all  moving  objects  produce  matter  waves,  but  the 
wavelengths  associated  with  macroscopic  objects,  such  as  the 
baseball,  are  too  small  to  allow  for  any  way  of  observing  them. 

page  231  The  small  si/e  and  mass  of  a  subatomic  particle.  The 
term  h/4n  in  the  uncertainty  principle  is  a  very  small  num- 

ber that  becomes  important  only  when  considering  extreme- 
ly small  objects,  such  as  electrons. 

page  232  (top)  Yes,  there  is  a  difference.  The  first  statement  says 

that  the  electron's  position  is  known  exactly,  which  violates 
the  uncertainty  principle.  The  second  statement  says  that 
there  is  a  high  probability  of  where  the  electron  is,  but  there 
is  still  uncertainty  in  its  position. 

page  232  (bottom)  Bohr  proposed  that  the  electron  in  the  hy- 
drogen atom  moves  in  a  well-defined  circular  orbit  about  the 

nucleus,  which  violates  the  uncertainty  principle.  An  orbital 
is  a  wave  function  that  gives  the  probability  of  finding  the 
electron  at  any  point  in  space,  in  accord  with  the  uncertainty 
principle. 

page  233  The  energy  of  an  orbital  is  proportional  to  —  l/;r.  The 
difference  between  -1/(2)"  and  -1/(1)"  is  much  greater 
than  the  difference  between  —1/(3)  and  -1/(2)". 

page  237  The  radial  probability  function  for  the  4s  orbital  will 
have  four  maxima  and  three  nodes. 

page  238  The  probability  of  finding  the  electron  when  it  is  in 
this  p  orbital  is  greater  in  the  interior  of  the  lobe  than  on  the 
edges. 

page  239  No.  We  know  that  the  4s  orbital  is  higher  in  energy 
than  the  3s  orbital.  Likewise,  we  know  that  the  3d  orbitals  are 

higher  in  energy  than  the  3s  orbital.  But,  without  more  infor- 
mation, we  do  not  know  whether  the  4s  orbital  is  higher  or 

lower  in  energy  than  the  3d  orbitals. 

page  245  The  6s  orbital,  which  starts  to  hold  electrons  at  ele- 
ment 55,  I  s 

page  249  We  can't  conclude  anything!  Each  of  the  three  ele- 
ments has  a  different  valence  electron  configuration  for  its  nd 

and  (/;  t  I  )s  subshells:  For  Ni,  3d84s2;  for  Pd,  4,/"1;  and  for 
Pt,  5d96s\ 

Chapter  7 

page  263  The  atomic  number  of  an  element  depends  on  the 
number  of  protons  in  the  nucleus,  whereas  the  atomic 
weight  depends  (mainly)  on  the  number  of  protons  and  the 
number  of  neutrons  in  the  nucleus. 

page  265  The  2p  electron  of  an  Ne  atom  has  a  greater  ZLJ)f.  The 
atomic  number  of  Na  is  greater  than  that  of  Ne,  but  an  electron 
in  the  3s  orbital  of  Na  is  farther  from  the  nucleus  and  therefore 
more  screened  than  is  an  electron  in  the  2p  orbital  of  Ne. 

page  267  No.  Atomic  weight  is  determined  almost  entirely  by 
the  composition  of  the  nucleus.  Atomic  radius  is  determined 
by  the  distribution  of  the  electrons. 

page  271  The  photoelectric  effect,  first  explained  by  Einstein, 
involves  the  ejection  of  electrons  using  the  energy  of  light.  If 

the  energy  of  a  photon,  liv,  is  greater  than  the  ionization  en- 
ergy of  an  atom,  then  the  light  can,  in  principle,  be  used  to 

ionize  the  atom. 

page  272  for  a  carbon  atom.  In  each  process  an  electron  is 
being  removed  from  an  atom  or  ion  with  five  electrons,  ei- 

ther B(^)  or  C*(g).  The  higher  nuclear  charge  of  C  makes  I2 
for  carbon  greater  than  /|  for  boron. 

page  274  The  same:  [Ar\3if 
page  276  The  first  ionization  energy  of  CP(#)  is  the  energy 

needed  to  remove  an  electron  from  CP,  forming  C\(g)  +  e  . 

That  is  the  reverse  process  of  Equation  7.6,  so  the  first  ioniza- 
tion energy  of  CP(#)  is  +349  kj/mol. 

page  278  In  general,  increasing  ionization  energy  correlates 
with  decreasing  metallic  character. 

page  280  Molecular;  P 
page  283  Cs  has  the  lowest  ionization  energy  among  the  alkali 

metals. 

page  286  Gastric  fluids  in  the  stomach  are  very  acidic  (see  the 

"Chemistry  at  Work"  box  on  antacids  in  Section  4.3).  Metal 
carbonates  are  soluble  in  acidic  solution,  where  they  react 
with  the  acid  to  form  CO?(g)  and  soluble  salts,  as  in  Equa- 

tions 4.19  and  4.20. 

page  288  We  can  extrapolate  the  data  in  the  table  to  make  intel- 
ligent guesses  for  these  numbers.  Notice  that  the  atomic 

radii  increase  by  0.15  and  0.19  A,  respectively,  from  CI  to  Br 
and  from  Br  to  I.  We  might  therefore  expect  an  increase  of 
0.15-0.20  A  from  I  to  At,  leading  to  an  estimate  of  roughly  1.5 
A  for  the  atomic  radius  of  At.  Similarly,  we  might  expect  l\ 
for  At  to  be  about  900  kj/mol. 

Chapter  8 

page  302  CI  has  seven  valence  electrons.  The  first  and  second 
Lewis  symbols  are  both  correct — they  both  show  seven  va- 

lence electrons,  and  it  doesn't  matter  which  of  the  four  sides 
has  the  single  electron.  The  third  symbol  shows  only  five 
electrons  and  is  incorrect. 

page  304  Magnesium  fluoride  is  an  ionic  substance,  MgF2, 

which  consists  of  Mg2+  and  F~  ions  (Section  2.7).  Each  mag- nesium atom  loses  two  electrons,  and  each  fluorine  atom 
gains  one  electron.  Thus,  we  can  say  that  each  Mg  atom 
transfers  one  electron  to  each  of  two  F  atoms. 

page  309  Rhodium,  Rh. 
page  310  Attractive  forces  are  between  each  electron  and  either 

nucleus.  Repulsive  forces  are  those  between  the  two  nuclei 

and  those  between  any  two  electrons.  Because  He2  doesn't 
exist,  it  is  likely  that  the  repulsions  are  greater  than  the 
attractions. 
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page  312  C02  has  C  —  O  double  bonds.  Because  the  C  —  O  bond 
in  carbon  monoxide  is  shorter,  it  is  likely  to  be  a  triple  bond. 

page  313  Electron  affinity  measures  the  energy  released  when 
an  isolated  atom  gains  an  electron  to  form  a  1  -  ion.  The  elec- 

tronegativity measures  the  ability  of  the  atom  to  hold  on  to 
its  own  electrons  and  attract  electrons  from  other  atoms  in 

compounds. 

page  314  Polar  covalent.  Based  on  the  examples  of  F2,  HF,  and 
LiF,  the  difference  in  electronegativity  is  great  enough  to  intro- 

duce some  polarity  to  the  bond,  but  not  great  enough  to  cause 
a  complete  electron  transfer  from  one  atom  to  the  other. 

page  315  IF.  Because  the  difference  in  electronegativity  between 
I  and  F  is  greater  than  that  between  CI  and  F,  the  magnitude 
of  Q  should  be  greater  for  IF.  In  addition,  because  I  has  a 
larger  atomic  radius  than  CI,  the  bond  length  in  IF  is  longer 
than  that  in  C1F.  Thus,  both  Q  and  r  are  larger  for  IF,  and 
therefore  p.  =  Qr  will  be  larger  for  IF. 

page  316  Red  indicates  very  high  electron  density  on  one  end  of 
the  molecule,  which  means  a  large  separation  of  positive  and 
negative  charges.  In  HBr  and  HI,  the  electronegativity  differ- 

ences are  too  small  to  lead  to  large  charge  separations  in  the 
molecules. 

page  317  M0O3  is  expected  to  have  the  higher  melting  point.  It 
is  named  using  the  conventions  for  ionic  compounds, 
whereas  OSO4  is  named  using  the  conventions  for  molecular 
compounds,  and  ionic  compounds  generally  have  much 
higher  melting  points  than  molecular  compounds.  Experi- 

mental data  support  this  conclusion:  M0O3  melts  at  795' C, 
and  Os04  melts  at  40°C. 

page  321  There  is  probably  a  better  choice  of  Lewis  structure 
than  the  one  chosen.  Because  the  formal  charges  must  add 
up  to  0  and  the  formal  charge  on  the  F  atom  is  +1,  there  must 
be  an  atom  that  has  a  formal  charge  of  -1.  Because  F  is  the 
most  electronegative  element,  we  don't  expect  it  to  carry  a 
positive  formal  charge. 

page  323  Yes.  There  are  two  resonance  structures  for  ozone  that 
each  contribute  equally  to  the  overall  description  of  the  mol- 

ecule. Each  O  —  O  bond  is  therefore  an  average  of  a  single 
bond  and  a  double  bond,  which  is  a  "one-and-a-half"  bond. 

page  324  As  "one-and-a-third"  bonds.  There  are  three  reso- 
nance structures,  and  each  of  the  three  N  —  O  bonds  is  single 

in  two  of  those  structures  and  double  in  the  third.  Each  bond 

in  the  actual  ion  is  an  average  of  these:  (1  +  1  +  2)/3  =  l'  3. 
page  325  No,  it  will  not  have  multiple  resonance  structures.  We 

can't  "move"  the  double  bonds,  as  we  did  in  benzene,  be- 
cause the  positions  of  the  hydrogen  atoms  dictate  specific 

positions  for  the  double  bonds.  We  can't  write  any  other  rea- sonable Lewis  structures  for  the  molecule. 

page  329  The  atomization  of  ethane  produces  2  C(g)  +  b  H(g). 
In  this  process,  six  C  —  H  bonds  and  one  C  —  C  bond  are 
broken.  We  can  use  6D(C  —  H)  to  estimate  the  amount  of  en- 

thalpy needed  to  break  the  six  C  —  H  bonds.  The  difference 
between  that  number  and  the  enthalpy  of  atomization  is  an 
estimate  of  the  bond  enthalpy  of  the  C  —  C  bond,  D(C  —  C). 

Chapter  9 

page  348  (top)  Octahedral.  Removing  two  atoms  that  are  oppo- 
site each  other  leads  to  a  square-planar  geometry. 

page  348  (bottom)  The  molecule  does  not  follow  the  octet  rule 
because  it  has  ten  electrons  around  the  central  A  atom.  There 
are  four  electron  domains  around  A:  two  single  bonds,  one 
double  bond,  and  one  nonbonding  pair. 

page  353  Yes.  Based  on  one  resonance  structure,  w  e  might  ex- 
pect the  electron  domain  that  is  due  to  the  double  bond  to 

"push"  the  domains  that  are  due  to  the  single  bonds,  leading 
to  angles  slightlv  different  from  120°.  However,  we  must 
remember  that  there  are  two  other  equivalent  resonance 
structures — each  of  the  three  O  atoms  has  a  double  bond  to 
N  in  one  of  the  three  resonance  structures. 

Because  of  resonance,  all  three  O  atoms  are  equiv  alent,  and 
they  will  experience  the  same  amount  of  repulsion,  which 

leads  to  bond  angles  equal  to  120°. 
page  358  No.  The  C  —  O  and  C  —  S  bond  dipoles  exactly  op- 

pose each  other,  like  in  CO2,  but  because  O  and  S  have  dif- 
ferent electronegativities,  the  magnitudes  of  the  bond 

dipoles  will  be  different.  As  a  consequence,  the  bond  dipoles 
will  not  cancel  each  other  and  the  OCS  molecule  has  a 

nonzero  dipole  moment. 

page  361  Yes.  In  both  F2  and  Cl2  the  bond  is  formed  by  the  over- 
lap of  singly  occupied  p  orbitals,  as  in  Figure  9.14(c).  In  F2, 

however,  the  overlapping  orbitals  are  2p  orbitals,  whereas  in 
Cl2  they  are  3p  orbitals.  Because  3p  orbitals  extend  farther  in 
space,  the  optimum  overlap  in  Cl2  is  achieved  at  a  longer 
distance  than  in  F2.  Thus,  the  bond  length  in  Cl2  is  longer 
than  that  in  F2. 

page  363  The  three  2p  orbitals  are  equivalent  to  one  another; 

they  differ  only  in  their  orientation.  Thus,  the  two  Be  —  F 
bonds  would  be  equivalent  to  each  other.  Because  p  orbitals 
are  perpendicular  to  one  another,  we  would  expect  an 

F  —  Be  —  F  bond  angle  of  90°.  Experimentally,  the  bond 

angle  is  180°. page  364  The  unhybridized  p  orbital  is  oriented  perpendicular 
to  the  plane  defined  by  the  three  sir  hybrids,  with  one  lobe 
on  each  side  of  the  plane. 

page  368  The  molecule  should  not  be  linear.  Because  there  are 

three  electron  domains  around  each  N  atom,  we  expect  sp~ 
hybridization  and  H  —  N  —  N  angles  of  approximately  120r . 
The  molecule  is  expected  to  be  planar;  the  unhybridized  2p 
orbitals  on  the  N  atoms  can  form  a  tt  bond  only  if  all  four 
atoms  lie  in  the  same  plane.  You  might  notice  that  there  are 
two  ways  in  which  the  H  atoms  can  be  arranged:  They  can 
be  both  on  the  same  side  of  the  N  =  N  bond  or  on  opposite 
sides  of  the  N  =  N  bond. 

page  375  (top)  The  molecule  would  fall  apart.  With  one  electron 
in  the  bonding  MO  and  one  in  the  antibonding  MO,  there  is 
no  net  stabilization  of  the  electrons  relative  to  two  separate 
H  atoms. 

page  375  (bottom)  Zero,  because  there  is  one  electron  in  the 
bonding  MO  and  one  electron  in  the  antibonding  MO. 

page  377  Yes.  In  Be2+  there  would  be  two  electrons  in  the  f72_  MO 
but  only  one  electron  in  the  *r2s  MO,  and  so  the  ion  is  predicted 
to  have  a  bond  order  of  \ .  It  should  (and  does)  exist. 

page  382  No.  If  the  o~2p  MO  were  lower  in  energy  than  the  tt 2j, 
MOs,  we  would  expect  the  rr2;,  MO  to  hold  two  electrons  and 
the  tt 2p  MOs  to  hold  one  electron  each,  with  the  same  spin. 
The  molecule  would  therefore  be  paramagnetic. 

Chapter  10 

page  401  The  major  reason  is  the  relatively  large  distance  be- 
tween molecules. 

page  402  The  height  of  the  column  decreases  because  atmos- 
pheric pressure  decreases  with  increasing  altitude. 
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page  406  As  the  pressure  increases,  the  volume  decreases.  Dou- 
bling the  pressure  causes  the  volume  to  decrease  to  half  its 

original  value. 

page  407  The  volume  decreases,  but  it  doesn't  decrease  to  half 
because  the  volume  is  proportional  to  the  temperature  on 
the  Kelvin  scale  but  not  on  the  Celsius  scale. 

page  409  Because  22.41  L  is  the  volume  of  one  mole  of  the  gas 

at  STP,  it  contains  Avogadro's  number  of  molecules, 
6.022  X  1023. 

page  414  Because  water  has  a  lower  molar  mass  (18.0  g/mol) 
than  N2  (28.0  g/mol),  the  water  vapor  is  less  dense. 

page  417  According  to  Dalton's  law  of  partial  pressures,  the 
pressure  that  is  due  to  N2  (its  partial  pressure)  doesn't 
change.  However,  the  total  pressure  that  is  due  to  the  partial 
pressures  of  both  N2  and  02  increases. 

page  422  The  average  kinetic  energies  depend  only  on 
temperature  and  not  on  the  identity  of  the  gas.  Thus,  the 
trend   in   average   kinetic   energies   is   HC1  (298  K) 
H2  (298  K)  <  02  (350  K). 

page  427  (a)  Mean  free  path  decreases  because  the  molecules 
are  crowded  closer  together,  (b)  There  is  no  effect.  Although 
the  molecules  are  moving  faster  at  the  higher  temperature, 
they  are  not  crowded  any  closer  together. 

page  428  (b)  Gases  deviate  from  ideality  most  at  low  tempera- 
tures and  high  pressures.  Thus,  the  helium  gas  would  devi- 

ate most  from  ideal  behavior  at  100  K  (the  lowest 
temperature  listed)  and  5  arm  (the  highest  pressure  listed). 

page  429  The  fact  that  real  gases  deviate  from  ideal  behavior 
can  be  attributed  to  the  finite  sizes  of  the  molecules  and  to 
the  attractions  that  exist  between  molecules. 

Chapter  1 1 

page  445  (a)  In  a  gas  the  energy  of  attraction  is  less  than  the  av- 
erage kinetic  energy,  (b)  In  a  solid,  the  energy  of  attraction  is 

greater  than  the  average  kinetic  energy. 

page  446  Ca(N03)2  in  water.  CH3OH  is  a  molecular  substance 
and  a  nonelectrolyte.  When  it  dissolves  in  water,  no  ions  are 

present.  Ca(N03)2  is  an  ionic  compound  and  a  strong  elec- 
trolyte. When  it  dissolves  in  water,  the  Ca2+  ions  and  the 

N03~  ions  interact  with  the  polar  water  molecules  by  ion- 
dipole  attractive  forces. 

page  447  The  magnitude  of  the  dipole-dipole  force  depends  on 
both  the  magnitude  of  the  dipoles  and  the  distance  between 
the  dipoles.  We  cannot  judge  the  distance  from  Table  11.2, 
but  we  see  that  acetonitrile  has  the  largest  dipole  moment 

and  the  highest  boiling  point,  suggesting  that  the  dipole- 
dipole  attractions  are  greatest  for  that  substance. 

page  448  (a)  The  polarizability  increases  in  order  of  increasing 
size  and  molecular  weight:  CH4  <  CC14  <  CI4.  (b)  The 
strength  of  the  dispersion  forces  follows  the  same  order: 
CH4  <  CCI4  <  CI4. 

page  452  For  nearly  all  substances,  the  solid  phase  is  more 
dense  than  the  liquid  phase.  For  water,  however,  the  solid  is 
less  dense  than  the  liquid. 

page  454  (top)  (a)  Both  viscosity  and  surface  tension  decrease 
with  increasing  temperature  because  of  the  increased  molec- 

ular motion,  (b)  Both  properties  increase  as  the  strength  of 
intermolecular  forces  increases. 

page  454  (bottom)  Cohesive.  The  properties  reflect  the  attrac- 
tion of  the  molecules  of  a  substance  for  one  another. 

page  456  Melting  (or  fusion),  endothermic. 

page  461  Both  compounds  are  nonpolar.  Consequently,  only 
dispersion  forces  exist  between  the  molecules,  (a)  Because 
dispersion  forces  are  stronger  for  the  larger,  heavier  CBr4 
than  for  CC14,  CBr4  has  a  lower  vapor  pressure  than  CCI4. 
(b)  The  substance  with  the  lower  vapor  pressure  is  less 
volatile.  Thus,  CBr4  is  less  volatile  than  CCI4. 

page  463  The  line  slopes  to  the  right  with  increasing  pressure 
because  the  solid  is  usually  more  dense  than  the  liquid. 

page  466  Crystalline  solids  mek  at  a  specific  temperature,  where- 
as amorphous  ones  tend  to  melt  over  a  temperature  range. 

page  467  As  summarized  in  Table  11.6  and  shown  in  Figure 
11.34,  one-eighth  of  an  atom  is  at  each  of  the  8  corners,  and  a 
whole  atom  is  at  the  center.  Thus,  the  total  number  of  atoms 

is  8  (|)  +  1=2. page  470  The  higher  the  coordination  number  of  the  particles  in 
a  crystal,  the  greater  the  packing  efficiency. 

page  472  Molecular  solids  are  composed  of  molecules  or  non- 
metal  atoms.  Because  Co  is  a  metal  and  K20  is  an  ionic  sub- 

stance, they  do  not  form  molecular  solids.  C6H6,  however,  is 
a  molecular  substance  and  forms  a  molecular  solid. 

Chapter  12 

page  490  Yes.  Its  elements  are  from  columns  3A  and  5A. 

page  498  Yes,  the  molecule  has  both  the  —  NH2  and  —  COOH 
groups  in  it,  which  can  react  as  in  nylon  to  make  a  polymer. 

page  499  Vinyl  acetate  interferes  with  intermolecular  interac- 
tions between  adjacent  ethylene  chains,  and  so  reduces  crys- 

tallinity  and  melting  point. 

page  510  Long.  The  longer  the  polymer,  the  more  atoms  that 
can  participate  in  delocalized  77  bonding. 

page  514  Ga(CH3)3  +  AsH3  *  GaAs  +  3  CH4 

Chapter  13 

page  534  No,  because  the  AgCl  is  not  dispersed  throughout  the 

liquid  phase. 
page  537  No.  The  concentration  of  sodium  acetate  is  higher  than 

the  stable  equilibrium  value,  so  some  of  the  dissolved  solute 
comes  out  of  solution  when  a  seed  crystal  initiates  the  process. 

page  539  Considerably  lower  because  there  would  no  longer  be 

hydrogen  bonding  with  water. 
page  543  Dissolved  gases  are  less  soluble  as  temperature  increases. 

page  544  230  ppm 

page  545  Yes.  Molarity  is  the  number  of  moles  of  solute  per  liter 
of  solution.  In  a  liter  of  solution,  however,  there  will  general- 

ly be  less  than  1  kg  of  water  because  the  solute  takes  up  some 
of  the  volume.  Of  course,  for  dilute  solutions  the  two  con- 

centration units  are  approximately  the  same  numerically. 

page  550  Mole  fraction 
page  551  Not  necessarily;  if  the  solute  dissociates  into  particles, 

it  could  have  a  lower  molality  and  still  cause  an  increase  of 

0.51°C.  The  total  molality  of  all  the  particles  in  the  solution  is 1  m. 

page  555  The  0.20  m  solution  is  hypotonic  with  respect  to  the 
0.5  m  solution. 

page  556  They  would  have  the  same  osmotic  pressure  because 
they  would  have  the  same  total  concentration  of  dissolved 

particles. page  560  The  smaller  droplets  carry  negative  charges  because 
of  the  embedded  stearate  ions  and  thus  repel  one  another. 
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Chapter  14 

page  577  Iiu Teasing  the  partial  pressure  of  a  gas  increases  the 
number  of  molecules  in  a  given  volume  and  therefore  in- 

creases the  concentration  of  the  gas.  Rates  normally  increase 
with  increasing  reactant  concentrations. 

page  580  The  size  of  the  triangle  is  mostly  a  matter  of  conve- 
nience. Drawing  a  larger  triangle  will  give  larger  values  of 

both  A[C4Fh,CI]  and  A/,  but  their  ratio,  A[C4H9C1]/Af,  re- 
mains constant.  Thus,  the  calculated  slope  is  independent  of 

the  size  of  the  triangle. 

page  583  (a)  The  rate  law  for  any  chemical  reaction  is  the  equa- 
tion that  relates  the  concentrations  of  reactants  to  the  rate  of 

the  reaction.  The  general  form  for  a  rate  law  is  given  in  Equa- 
tion 14.7.  (b)  The  quantity  k  in  any  rate  law  is  the  rate  constant. 

page  584  (a)  The  rate  law  is  second  order  in  NO,  first  order  in 
H2,  and  third  order  overall,  (b)  No.  Doubling  [NO]  will 
cause  the  rate  to  increase  fourfold,  whereas  doubling  [H2] 
will  merely  double  the  rate. 

page  589  In  (a)  the  intercept  is  the  initial  partial  pressure  of  the 
CH3NC,  150  torn  In  (b)  it  is  the  natural  logarithm  of  this 

pressure,  In (150)  =  5.01. 
page  593  As  the  reaction  proceeds,  the  concentration  of  the  re- 

actant decreases.  Thus,  according  to  Equation  14.16,  the  half- 
life  increases  during  the  course  of  the  reaction. 

page  594  Molecules  must  collide  in  order  to  react. 

page  596  The  molecules  must  not  merely  collide  in  order  to 
react,  but  they  must  collide  in  the  proper  orientation  and 
with  an  energy  greater  than  the  activation  energy  for  the 
reaction. 

page  600  Because  the  elementary  reaction  involves  two  mole- 
cules, it  is  bimolecular. 

page  603  The  rate  law  depends  not  on  the  overall  reaction,  but 
on  the  slowest  step  in  the  mechanism. 

page  609  Generally,  a  catalyst  lowers  the  activation  energy  by 
providing  a  different,  lower-energy  pathway  (different 
mechanism)  for  a  reaction. 

page  613  (a)  active  site,  (b)  substrate. 

Chapter  15 

page  632  (top)  (a)  The  rates  of  opposing  reactions  are  equal, 
(b)  If  the  forward  step  is  faster  than  the  reverse  step,  ke  >  k, 
and  the  constant,  which  equals  ke/kr,  will  be  greater  than  1. 

page  632  (bottom)  The  fact  that  concentrations  no  longer  change 
with  time  indicates  that  equilibrium  has  been  reached. 

page  635  It  is  independent  of  the  starting  concentrations  of  re- 
actants and  products. 

page  636  They  represent  equilibrium  constants.  K,  is  obtained 
when  equilibrium  concentrations  expressed  in  molarity  are 
substituted  into  the  equilibrium-constant  expression.  K„  is 
obtained  when  equilibrium  partial  pressures  expressed  in  at- 

mospheres are  substituted  into  the  expression. 

page  637  0.00140  M/l  M  =  0.00140  (no  units) 
page  640  Because  the  coefficients  in  the  equation  have  been 

multiplied  by  3,  the  exponents  in  K„  are  also  multiplied  by  3, 
so  that  the  magnitude  of  the  equilibrium  constant  will  be 

page  642  Because  the  pure  H20  liquid  is  omitted  from  the 

equilibrium-constant  expression,  Kp  =  Ph,o  Thus,  at  any 
particular  temperature,  the  equilibrium  vapor  pressure  is  a 
constant. 

page  651  (a)  The  equilibrium  shifts  to  the  right,  using  up  some 
of  the  added  O2  and  forming  N02.  (b)  The  equilibrium  shifts 
to  the  left,  forming  more  NO  to  replace  some  of  the  NO  that 
was  removed. 

page  652  Increasing  the  volume  decreases  the  pressure,  and  so 
equilibrium  shifts  in  the  direction  that  causes  the  pressure  to 
increase.  Because  there  are  three  gas  molecules  on  the  left  in 
the  equation  and  only  two  on  the  right,  the  equilibrium 
shifts  to  the  left,  increasing  the  number  of  gas  molecules  b\ 
converting  SO-,  into  S02  and  02. 

page  654  Evaporation  is  an  endothermic  process.  Increasing  the 
temperature  of  an  endothermic  process  shifts  the  equilibri- 

um to  the  right,  forming  more  product.  Because  the  product 
of  the  evaporation  is  the  vapor,  the  vapor  pressure  increases. 

page  657  No;  catalysts  have  no  effect  on  the  position  of  an  equi- 
librium, although  thev  do  affect  how  quicklv  equilibrium  is 

reached . 

Chapter  16 

page  670  The  H  *  ion  for  acids  and  the  OH    ion  for  bases. 
page  672  Because  it  adds  H  as  it  moves  from  the  left  side  of  the 

equation  to  the  right  side,  NH3  is  the  base. 

page  675  HNO^  is  a  strong  acid,  which  means  that  NO3"  has negligible  basicity. 

page  679  (a)  The  solution  is  neutral,  [I  I  ]  [OH  [.  (b)  The  pH 
increases  as  [OH  |  increases. 

page  681  pH  =  14.00  -  3.00  =  11.00.  The  solution  is  basic  be- 
cause pi  I  7 

page  6S2  f  rom  Figure  lb. 7,  we  see  that  the  pH  must  be  above 
about  8,  meaning  that  the  solution  is  basic. 

page  684  Because  it  is  the  conjugate  base  of  a  substance  that  has 
negligible  acidity,  CH1  must  be  a  strong  base.  Bases 
stronger  than  OH  abstract  1 1  from  water  molecules: 

CH,'  +  H20   <•  CH4  +  OH  . 

page  688  Because  weak  acids  tvpicallv  undergo  very  little  ion- 
ization, often  less  than  l"... 

page  692  This  is  the  acid-dissociation  constant  for  the  loss  of  the 
third  and  final  proton  from   H3PO4:   HPO42  (aq) 
H+(aq)  +  PO43  (aq). 

page  700  (top)  Because  the  NO3  ion  is  the  conjugate  base  of  a 
strong  acid,  it  will  have  no  effect  on  pH.  (NOi  has  negligi- 

ble basicity.)  Because  the  CO3"  ion  is  the  conjugate  base  of  a 
weak  acid,  it  will  have  an  effect  on  pi  I,  increasing  the  pH. 

page  700  (bottom)  K ',  an  alkali  metal  cation,  does  not  affect  pH. 
page  703  The  increasing  acidity  dow  n  a  column  is  due  mainly 

to  the  decrease  in  H  —  X  bond  strength.  The  trend  across  a 
period  is  due  mainly  to  the  increasing  electronegativity. 

page  706  The  carboxyl  group,  — COOI  I. 
page  708  It  must  have  an  unshared  pair  of  electrons. 

page  709  Fe  ' ,  because  it  has  the  highest  charge. 

Chapter  17 

page  725  (top)  (a)  [NH4*[  =  0.10  M;  [CI  ]  =  0.10  M;  [NH3]  = 
0.12  M,  (b)  CI  ,  (c)  Equation  17.2. 

page  725  (bottom)  FINO-i  and  NOi  .  This  is  a  strong  acid  and 
its  conjugate  base.  Buffers  are  composed  of  weak  acids  and 
their  conjugate  bases.  The  NO3  ion  is  merely  a  spectator  in 
any  acid-base  chemistry  and  is  therefore  ineffective  in  help- 

ing control  the  pH  of  a  solution. 
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page  726  (a)  The  NaOH  (a  strong  base)  reacts  with  the  acid 
member  of  the  buffer  (HC2H3O2),  abstracting  a  proton. 
Thus,  [HC^H^C^]  decreases  and  [C2H3O2  ]  increases, 
(b)  The  HC1  (a  strong  acid)  reacts  with  the  base  member  of 

the  buffer  ̂ H^C^-).  Thus,  [C2H3O2  ]  decreases  and 
[HC2H3O2]  increases. 

page  729  The  solution  will  most  effectively  resist  a  change  in  ei- 
ther direction  when  its  pH  =  pKa.  Thus,  the  optimal  pH  is 

pH  =  pKa  =  -log(1.8  X  10~5)  =  4.74,  and  the  pH  range  of the  buffer  is  about  4.7  ±  1. 

page  732  Increase  because  the  added  base  makes  the  solution 
less  acidic  (more  basic). 

page  739  The  nearly  vertical  part  of  the  titration  curve  at  the 
equivalence  point  is  smaller  for  the  weak  acid-strong  base 
titration,  and  fewer  indicators  undergo  their  color  change 
within  this  narrow  range. 

page  741  Because  all  three  compounds  produce  the  same  num- 
ber of  ions,  their  relative  solubilities  correspond  directly  to 

their  Ks„  values,  with  the  compound  with  the  largest  Ksp 
value  being  most  soluble,  AgCl. 

page  753  They  are  insoluble  in  water  but  dissolve  in  the  pres- 
ence of  either  an  acid  or  a  base. 

page  755  A  high  concentration  of  H2S  and  a  low  concentration 

of  H+  (that  is,  high  pH)  will  shift  the  equilibrium  to  the  right, 
reducing  [Cu~+]. 

page  758  The  solution  must  contain  one  or  more  of  the  cations 
in  group  1  of  the  qualitative  analysis  scheme  shown  in 

Figure  17.22:  Ag+,  Pb2+,  or  Hg22+. 

Chapter  18 

page  775  It  looks  like  the  area  of  the  upper  curve  to  the  left  of 
the  visible  portion  is  about  twice  as  large  as  the  area  of  the 
lower  curve.  The  upper  curve  corresponds  to  radiation  at  the 

"top"  of  the  atmosphere,  and  the  bottom  curve  corresponds to  radiation  at  sea  level;  therefore,  we  estimate  about  half  of 
the  ultraviolet  light  that  arrives  at  Earth  from  the  Sun  gets 
absorbed  by  the  upper  atmosphere  and  does  not  make  it  to 
the  ground. 

page  793  As  with  so  many  other  things,  there  are  trade-offs  in 
selecting  processes  for  green  chemistry.  Yes,  increasing  CO2 
is  expected  to  lead  to  global  warming;  however,  the  main 
source  of  CO2  is  from  combustion  of  fossil  fuels.  If  we  can  re- 

duce the  amount  of  CO2  entering  the  atmosphere  from  that 
source,  perhaps  we  can  afford  to  use  supercritical  or  liquid 
CO2  in  industrial  processes,  which  are  safer  for  workers  than 
other  chemicals  and  form  less  harmful  by-products.  Super- 

critical (or  just  liquid)  water  would  be  a  better  choice  envi- 
ronmentally if  the  industrial  process  you  want  to  change  still 

works  with  water  as  a  solvent. 

Chapter  19 

page  806  No,  nonspontaneous  processes  can  occur  so  long  as 
they  receive  some  continuous  outside  assistance.  Examples 
of  nonspontaneous  processes  with  which  we  may  be  familiar 
include  the  building  of  a  brick  wall  and  the  electrolysis  of 
water  to  form  hydrogen  gas  and  oxygen  gas. 

page  807  No.  Just  because  the  system  is  restored  to  its  original 

condition  doesn't  mean  that  the  surroundings  have  likewise 
been  restored  to  their  original  condition. 

page  809  AS  depends  not  merely  on  q  but  on  qrev.  Although 
there  are  many  possible  paths  that  could  take  a  system  from 
its  initial  to  final  state,  there  is  always  only  one  reversible 

isothermal  path  between  two  states.  Thus,  AS  has  only  one 
particular  value  regardless  of  the  path  taken  between  states. 

page  811  Because  rusting  is  a  spontaneous  process,  ASumv  must 
be  positive.  Therefore  the  entropy  of  the  surroundings  must 
increase,  and  that  increase  must  be  larger  than  the  entropy 
decrease  of  the  system. 

page  812  A  molecule  can  vibrate  (atoms  moving  relative  to  one 
another)  and  rotate  (tumble),  whereas  a  single  atom  cannot 
undergo  these  motions. 

page  813  S  =  0,  based  on  Equation  19.5  and  the  fact  that 
In  1  =  0. 

page  819  It  must  be  a  perfect  crystal  at  0  K  (third  law  of  ther- 
modynamics), which  means  it  has  only  a  single  accessible 

micros  tate. 

page  822  Always  increase  (positive  AS). 

page  823  In  any  spontaneous  process  the  entropy  of  the  uni- 
verse increases.  In  any  spontaneous  process  operating  at  con- 
stant temperature,  the  free  energy  of  the  system  decreases. 

page  824  It  indicates  that  the  process  to  which  the  thermody- 
namic quantity  refers  has  taken  place  under  standard  condi- 

tions, as  summarized  in  Table  19.3. 

page  828  Above  the  boiling  point,  vaporization  is  spontaneous, 
so  that  AC  <  0.  Because  AH  -  TAS  <  0,  AH  <  TAS. 

Chapter  20 

page  849  This  is  tricky.  If  we  think  of  C  as  +4  (as  it  would  be  in 
CO2),  then  N  has  to  be  -5.  However,  if  we  think  of  C  as  +2 
(as  it  would  be  in  CO),  then  N  would  have  to  be  -3.  The  best 
thing  to  do  is  to  say  that  the  sum  of  the  oxidation  states  of  the 

carbon  and  nitrogen  in  cyanide  is  -1,  and  leave  the  individ- 
ual atoms  unassigned. 

page  854  No.  Electrons  should  appear  in  the  half-reactions  but 
cancel  if  the  half-reactions  are  adjusted  properly.  So,  when 

you  are  balancing  a  redox  equation  and  find  yourself  with  e- on  either  side  of  the  reaction  arrow  when  you  are  done,  you 
know  you  should  go  back  and  check  your  work. 

page  857  The  anode  is  where  oxidation  takes  place.  Because 
electrons  are  being  removed  from  the  anode,  negatively 
charged  anions  must  migrate  to  the  anode  to  maintain 
charge  balance. 

page  859  The  surface  atoms.  They  are  the  ones  available  to 
make  contact  with  the  copper  ions. 

page  861  Yes. page  863  1  atm  pressure  of  Cl2(g)  and  1  M  solution  of  CT{aq). 

page  865  True,  since  E°eu  =  E°ed  (cathode)  -  E°ed  (anode),  and 
smaller  E°eli  means  a  smaller  net  driving  force  for  the  overall redox  reaction. 

page  869  Pb(s)  is  stronger  because  it  lies  above  Hg(/)  in  the  ac- 
tivity series,  which  means  that  it  more  readily  loses  electrons. 

page  883  Al,  Zn 

Chapter  21 

page  902  The  mass  number  decreases  by  4. 

page  905  Only  the  neutron,  as  it  is  the  only  neutral  particle 
listed. 

page  906  From  Figure  21.2,  we  see  that  the  center  of  the  belt  of 
stability  for  a  nucleus  containing  60  protons  lies  at  about  85 
neutrons. 



Answers  to  "Give  It  Some  Thought"  Questions  A-41 

page  908  24.  Having  30  neutrons  would  take  it  outside  the  belt 
of  stability;  25  would  be  an  odd  number,  which  is  generally 
less  stable  than  an  even  number. 

page  910  The  reactors  produce  lots  ot  neutrons  as  by-products, 
and  neutrons  are  the  most  generally  useful  particles  to  effect 
nuclear  reactions. 

page  913  (a)  Yes;  doubling  the  mass  would  double  the  amount 
of  radioactivity  of  the  sample,  (b)  No;  changing  the  mass 
would  not  change  the  half-life. 

page  916  No.  Alpha  particles  are  more  readily  absorbed  by 
matter  than  beta  or  gamma  rays.  Geiger  counters  must  be 
calibrated  for  the  radiation  thev  are  being  used  to  detect. 

page  920  No.  Stable  nuclei  having  mass  numbers  around  UK) 
are  the  most  stable  nuclei.  They  could  not  form  a  still  more 
stable  nucleus  with  an  accompanying  release  of  energy. 

Chapter  22 

page  939  No.  phosphorus,  being  a  third-row  element,  does  not 
have  a  capacity  for  forming  strong  tt  bonds.  Instead,  it  exists 
as  a  solid  in  which  the  phosphorus  atoms  are  singly  bonded 
to  one  another. 

page  945  No.  As  shown  in  Figure  22.7,  the  free  energy  of  forma- 
tion of  H^Sefy)  is  positive,  indicating  that  the  equilibrium 

constant  for  the  reaction  will  be  small.  (Section  19.7) 

page  952  Yes;  the  bromine  is  in  the  +  5  oxidation  state  and  read- 
ily reducible  to  a  lower  oxidation  state  such  as  0  or  -  1 . 

page  955  HIGV  Note  that  the  iodine  remains  in  the  -  5  oxida- 
tion state. 

page  961  No;  the  oxidation  number  of  sulfur  is  the  same  in  both 
reactants  and  products. 

page  967  The  nitrogen  atom  in  nitric  acid  has  an  oxidation 
number  of  +5  and  that  in  nitrous  acid  has  an  oxidation  num- 

ber of  +3. 

page  975  MgCO^(s).  The  bicarbonate  ion  of  washing  soda  dis- 
sociates a  proton  to  form  CO3  ion. 

Chapter  23 

page  996  Not  CaO,  because  Ca  is  too  active  a  metal.  Ag20 
should  reduce  readilv  with  CO  because  Ag  is  not  an  active 
metal,  and  Ag2C"  is  therefore  not  so  stable. 

page  1000  (top)  Gold  is  the  reducing  agent,  oxidized  from  0  to 
+  1  oxidation  state.  Dissolved  oxygen  is  the  oxidizing  agent, 
reduced  from  0  to  -2  oxidation  state. 

page  1000  (bottom)  A1203 

page  1001  Na4  and  CI 

page  1003  Cu2  and  H   as  cations,  and  SQ42  as  the  anion. 
page  1006  Pd 
page  1008  Interstitial,  because  B  is  so  much  smaller  than  Pd. 

page  1011  From  Figure  23.18,  we  see  that  in  the  group  8  metals, 
the  elements  of  the  second  series  have  higher  bonding  atom- 

ic radii  than  those  of  the  first  series.  So,  Pd,  in  the  second  se- 
ries, is  larger  than  Ni,  which  is  in  the  first  series. 

page  1014  Yes.  From  Section  6.9  we  w  ould  expect  Cr  "  to  have an  outer  4s  3d  or  3d  configuration.  In  either  case  there  is  at 
least  one  unpaired  electron  present. 

Chapter  24 

page  102S  [Fe(H->0)6]3><7)  +  SCN~(aq)-> 
[Fe(H20)5NCS]2  (,/</)  -  HzO(/) 

page  1030  (a)  tetrahedral  and  square  planar;  (b)  octahedral 
page  1033  Each  NH3  has  one  donor  atom.  Consequently,  the 

CO3  ion  must  have  two  donor  atoms  to  give  the  cobalt  atom 
a  coordination  number  of  6.  Thus,  CO3  is  acting  as  a  biden- 
tate  ligand. 

page  1042  The  two  compounds  have  the  same  composition  and 
bonds,  but  they  are  optical  isomers  of  each  other  (nonsuperim- 
posable  mirror  images).  I  he  J  isomer  rotates  plane-polarized 
light  to  the  right  (dextrorotatory),  whereas  the  /  isomer  rotates 
plane-polarized  light  to  the  left  (levorotatory). 

page  1045  (a)  [Ar]4s23d7,  three  unpaired  electrons;  (b)  [Ar]3rf6, 
four  unpaired  electrons. 

page  1047  Vhe  dz2  and  dx2  „:  orbitals. 

page  104S  TheTi(IV)  ion  has  no  if  electrons,  so  there  can  be  nod- 
1/  transitions,  which  are  the  ones  usually  responsible  for  the 
color  of  transition-metal  compounds. 

Chapter  25 

page  1065  C  =  N,  because  it  is  a  polar  double  bond. 

page  106S  Two  C  —  H  bonds  and  two  C  —  C  bonds. 
page  1071  C3H7 

page  1075  ( )nly  one. 
page  1081  NO 

page  1086 

page  1093  All  four  groups  must  be  different  from  one  another. 

page  1098  The  hydrogen  bond  between  an  N  —  H  and  a  car- 
bonvl  (C  =  Q)  group  on  the  adjacent  turn  of  the  helix. 

page  1103  The  a  form  ot  the  C  —  O  —  C  linkage.  Glycogen 
serves  as  a  source  of  energy  in  the  body,  w  hich  means  thai 

the  body's  enzymes  must  be  able  to  hydrolyze  it  to  sugars. 
The  enzymes  work  only  on  polysaccharides  hav  ing  the  a 
linkage. 





Glossary 

absorption  spectrum  The  amount  of  light  ab- 
sorbed by  a  sample  as  a  function  of  wavelength. 

(Section  24.5) 
accuracy  A  measure  of  how  closely  individual 
measurements  agree  with  the  correct  value. 
(Section  1.5) 

acid  A  substance  that  is  able  to  donate  a  H ' 
ion  (a  proton)  and  hence  increases  the  concen- 

tration of  H '(<?(/)  when  it  dissolv  es  in  water. (Section  4.3) 

acid-dissociation  constant  (K„)  An  equilibri- 
um constant  that  expresses  the  extent  to  which 

an  acid  transfers  a  proton  to  solvent  water. 
(Section  16.6) 
acidic  anhydride  (acidic  oxide)  An  oxide  that 
forms  an  acid  when  added  to  water;  soluble 
nonmetal  oxides  are  acidic  anhydrides. 
(Section  22.5) 
acidic  oxide  (acidic  anhydride)  An  oxide  that 
either  reacts  with  a  base  to  form  a  salt  or  with 
water  to  form  an  acid.  (Section  22.5) 
acid  rain  Rainwater  that  has  become  exces- 

sively acidic  because  of  absorption  of  pollutant 
oxides,  notably  SO^,  produced  by  human  activ- 

ities. (Section  18.4) 

actinide  element  Element  in  which  the  5/  or- 
bitals  are  only  partially  occupied.  (Section  6.8) 
activated  complex  (transition  state)  The  par- 

ticular arrangement  of  atoms  found  at  the  top  of 
the  potential-energy  barrier  as  a  reaction  pro- 

ceeds from  reactants  to  products.  (Section  14. 5) 
activation  energy  (£„)  The  minimum  energy 
needed  for  reaction;  the  height  of  the  energy 
barrier  to  formation  of  products.  (Section  14.5) 

active  site  Specific  site  on  a  heterogeneous  cat- 
alyst or  an  enzyme  where  catalysis  occurs. 

(Section  14.7) 

activity  The  decay  rate  of  a  radioactive  mater- 
ial, generally  expressed  as  the  number  of  disin- 

tegrations per  unit  time.  (Section  21 .4) 
activity  series  A  list  of  metals  in  order  of  de- 

creasing ease  of  oxidation.  (Section  4.4) 
addition  polymerization  Polymerization  that 
occurs  through  coupling  of  monomers  with  one 
another,  with  no  other  products  formed  in  the 
reaction.  (Section  12.2) 
addition    reaction    A   reaction    in   which  a 

reagent  adds  to  the  two  carbon  atoms  of  a  carbon- 
carbon  multiple  bond.  (Section  25.4) 
adsorption    The  binding  of  molecules  to  a  sur- 

face. (Section  14.7) 
alcohol  An  organic  compound  obtained  by 
substituting  a  hydroxvl  group  ( —  OH)  for  a  hy- 

drogen on  a  hydrocarbon.  (Sections  2.9  and  25.5) 
aldehyde  An  organic  compound  that  contains 
a  carbonyl  group  to  which  at  least  one  hydrogen 
atom  is  attached.  (Section  25.6) 

alkali  metals  Members  of  group  1 A  in  the  pe- 
riodic table.  (Section  7.7) 

alkaline  earth  metals    Members  of  group  2A  in 
the  periodic  table.  (Section  7.7) 
alkanes    Compounds  of  carbon  and  hydrogen 
containing  only  carbon-carbon  single  bonds. 
(Sections  2.9  and  2S.2) 
alkenes  Hydrocarbons  containing  one  or 
more  carbon-carbon  double  bonds.  (Section  25.2) 
alkyl  group  A  group  that  is  formed  b\ 
removing  a  hydrogen  atom  from  an  alkane. 
(Section  25.3) 
alkynes  Hydrocarbons  containing  one  or 
more  carbon-carbon  triple  bonds.  (Section  25.2) 
alloy  A  substance  that  has  the  characteristic 
properties  of  a  metal  and  contains  more  than 
one  element.  Often  there  is  one  principal  metal- 

lic component,  with  other  elements  present  in 
smaller  amounts.  Alloys  may  be  homogeneous 
or  heterogeneous  in  nature.  (Section  23.6) 
alpha  («)  helix  A  protein  structure  in  which 
the  protein  is  coiled  in  the  form  of  a  helix,  with 

hydrogen  bonds  between  C  =  0  and  N  —  H 
groups  on  adjacent  turns.  (Section  25.9) 
alpha  particles  Particles  that  are  identical  to 
helium-4  nuclei,  consisting  of  two  protons  and 
two  neutrons,  symbol  iHe  or  j".  (Section  21.1) 
amide  An  organic  compound  that  has  an  NR^ 
group  attached  to  a  carbonyl.  (Section  25.6) 

amine  A  compound  that  has  the  general  for- 
mula R}N,  where  R  may  be  H  or  a  hydrocarbon 

group.  (Section  16.7) 
amino  acid  A  carboxylic  acid  that  contains  an 
amino  ( —  NHt)  group  attached  to  the  carbon 
atom  adjacent  to  the  carboxylic  acid  (  — COOH) 
functional  group.  (Section  25.9) 
amorphous  solid  A  solid  whose  molecular 
arrangement  lacks  a  regular,  long-range  pattern. 
(Section  11.7) 

amphiprotic  Refers  to  the  capacity  of  a  sub- 
stance to  act  as  either  an  acid  or  a  base. 

(Section  16.2) 
amphoteric  Capable  of  behaving  as  either  an 
acid  or  a  base.  (Sections  16.2  and  17.5) 

angstrom  A  common  non-SI  unit  of  length, 
denoted  A,  that  is  used  to  measure  atomic  di- 

mensions: 1  A  =  10  10  m.  (Section  2.3) 
anion  A  negatively  charged  ion.  (Section  2.7) 
anode  An  electrode  at  which  oxidation  occurs. 
(Section  20.3) 
antibonding  molecular  orbital  A  molecular 
orbital  in  which  electron  density  is  concentrated 
outside  the  region  between  the  two  nuclei  of 
bonded  atoms.  Such  orbitals,  designated  as  <r* 
or  77*,  are  less  stable  (of  higher  energy)  than 
bonding  molecular  orbitals.  (Section  9.7) 
aqueous  solution  A  solution  in  which  water  is 
the  solvent.  (Chapter  4:  Introduction) 

aromatic  hydrocarbons  Hydrocarbon  com- 
pounds that  contain  a  planar,  cyclic  arrange- 

ment of  carbon  atoms  linked  by  both  a  and  de- 
localized  tt  bonds.  (Section  2^2) 
Arrhenius  equation  An  equation  that  relates 
the  rate  constant  for  a  reaction  to  the  frequency 
factor,  A,  the  activation  energy,  L;,  and  the  tem- 

perature, T:  k  =  Ac  '  <  RT.  In  its  logarithmic 
form  it  is  written  In  k  =  -£.,  RT  +  In  A. 

(Section  14.^) 
atmosphere  (atm)  A  unit  of  pressure  equal  to 
760torr;latm  =  101 .325  kPa.  (Section  10.2) 
atom  The  smallest  representative  particle  of  an 
element.  (Sections  1.1  and  2.1) 
atomic  mass  unit  (amu)  A  unit  based  on  the 

value  of  exactly  12  amu  for  the  mass  of  the  iso- 
tope of  carbon  that  has  six  protons  and  six  neu- 

trons in  the  nucleus.  (Sections  2.3  and  3.3) 

atomic  number  T  he  number  of  protons  in  the 
nucleus  of  an  atom  of  an  element.  (Section  2.3) 
atomic  radius  An  estimate  of  the  size  of  an 
atom.  See  bonding  atomic  radius.  (Section  7.3) 
atomic  weight  The  average  mass  of  the  atoms 
of  an  element  in  atomic  mass  units  (amu);  it  is 
numerically  equal  to  the  mass  in  grams  of  one 
mole  of  the  element.  (Section  2.4) 
autoionization  The  process  whereby  water 
spontaneously  forms  low  concentrations  of 

H '((/(/)  and  OH  (aq)  ions  by  proton  transfer from  one  water  molecule  to  another. 
(Section  16.3) 

Avogadro's  hypothesis  A  statement  that  equal 
volumes  of  gases  at  the  same  temperature  and 
pressure  contain  equal  numbers  of  molecules. 
(Section  10.3) 

Avogadro's  law  A  statement  that  the  volume 
of  a  gas  maintained  at  constant  temperature  and 
pressure  is  directly  proportional  to  the  number 
of  moles  of  the  gas.  (Section  10.3) 

Avogadro's  number  The  number  of  C  atoms 
in  exactly  12  g  of  l2C;  it  equals  6.022  ■  1023. (Section  3.4) 

band  An  array  of  closely  spaced  molecular  or- 
bitals occupying  a  discrete  range  of  energy. 

(Section  12.1) 

band  gap    The  energy  gap  between  an  occu- 
pied valence  band  and  a  vacant  band  called  the 

conduction  band.  (Section  12.1) 

bar    A   unit   ot   pressure   equal    to    10' Pa. 
(Section  10.2) 
base    A  substance  that  is  an  1 1   acceptor;  a  base 
produces  an  excess  of  OH  (aq)  ions  when  it  dis- 

solves in  water.  (Section  4.3) 

base-dissociation  constant  {kh\    An  equil 
urn  constant  that  expresses  the  extent  to  whii  I 
base  reacts  with  solvent  water,  accepting  a  pro- 

ton and  forming  OH  (aq).  (Section  hi  7 
basic  anhydride  (basic  oxide)  \n 
forms  a  base  when  added  to  water 
metal  oxides  are  basic  anhydrides.  (Section  22^) 

:  -I 
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basic  oxide  (basic  anhydride)  An  oxide  that 
either  reacts  with  water  to  form  a  base  or  reacts 
with  an  acid  to  form  a  salt  and  water. 
(Section  22.5) 

battery  A  self-contained  electrochemical  pow  er 
source  that  contains  one  or  more  voltaic  cells. 
(Section  20.7) 

Bayer  process  A  hydrometallurgical  proce- 
dure for  purifying  bauxite  in  the  recovery  of 

aluminum  from  bauxite-containing  ores. 
(Section  23.3) 

becquerel  The  SI  unit  of.radioactivity.  It  corre- 
sponds to  one  nuclear  disintegration  per  sec- 

ond. (Section  21.4) 

Beer's  law  The  light  absorbed  by  a  substance 
(A)  equals  the  product  of  its  molar  absorptivity 
constant  (<?),  the  path  length  through  which  the 
light  passes  (/'),  and  the  molar  concentration  of 
the  substance  (c):  A  =  abc.  (Section  14.2) 
beta  particles  Energetic  electrons  emitted 
from  the  nucleus,  symbol  -  jV.  (Section  21.1 ) 
bidentate  ligand  A  ligand  in  which  two 
linked  coordinating  atoms  are  bound  to  a  metal. 
(Section  24.2) 
bimolecular  reaction  An  elementary  reaction 
that  invok  es  two  molecules.  (Section  14.6) 
biochemistry  The  study  of  the  chemistry  of 
living  systems.  (Chapter  25:  Introduction) 
biocompatible  Any  substance  or  material  that 
can  be  compatibly  placed  within  living  systems. 
(Section  12.3) 
biodegradable  Organic  material  that  bacteria 
are  able  to  oxidize.  (Section  18.6) 
biomaterial  Any  material  that  has  a  biomed- 

ical application.  (Section  12.3) 
biopolymer  A  polymeric  molecule  of  high 
molecular  weight  found  in  living  systems.  The 
three  major  classes  of  biopolvmers  are  proteins, 
carbohydrates,  and  nucleic  acids.  (Section  25.8) 

body-centered  cubic  cell  A  cubic  unit  cell  in 
which  the  lattice  points  occur  at  the  corners  and 
at  the  center.  (Section  11.7) 
bomb  calorimeter  A  device  for  measuring  the 
heat  evolved  in  the  combustion  of  a  substance 
under  constant-volume  conditions.  (Section  5.5) 
bond  angles  The  angles  made  by  the  lines 
joining  the  nuclei  of  the  atoms  in  a  molecule. 
(Section  4.1) 
bond  dipole  The  dipole  moment  that  is  due  to 
unequal  electron  sharing  between  two  atoms  in 
a  covalent  bond.  (Section  9.3) 

bond  enthalpy  The  enthalpy  change,  AH,  re- 
quired to  break  a  particular  bond  when  the  sub- 

stance is  in  the  gas  phase.  (Section  8.8) 
bonding  atomic  radius  The  radius  of  an  atom 
as  defined  by  the  distances  separating  it  from 
other  atoms  to  which  it  is  chemically  bonded. 
(Section  7.3) 

bonding  molecular  orbital  A  molecular  or- 
bital in  which  the  electron  density  is  concentrat- 

ed in  the  internuclear  region.  The  energy  of  a 
bonding  molecular  orbital  is  lower  than  the  en- 

ergy of  the  separate  atomic  orbitals  from  which 
it  forms.  (So.  tion  9.7) 
bonding  paii  In  a  Lewis  structure  a  pair  of 
electrons  that  is  shared  by  two  atoms. 
(Section  9.2) 

bond  length  The  distance  betw  een  the  centers 
of  two  bonded  atoms.  (Sei  tion  8.8) 
bond  order  The  numbei  ol  bonding  electron 
pairs  shared  between  two  atoms,  less  the  num- 

ber of  antibonding  electron  pairs:  bond  order  = 
(number  of  bonding  electrons  -  number  of  anti- 
bonding  electrons)/2.  (Section  9.7) 
bond  polarity  A  measure  ol  the  degree  to 
which  the  electrons  are  shared  unequally 
between  two  atoms  in  a  chemical  bond. 
(Section  8.4) 

boranes  Covalent  hydrides  of  boron. 
(Section  22.11) 
Born-Haber  cycle  A  thermodynamic  cycle 
based  on  Hess's  law  that  relates  the  lattice  ener- 

gy of  an  ionic  substance  to  its  enthalpy  of 
formation  and  to  other  measurable  quantities. 
(Section  8.2) 

Boyle's  law  A  law  stating  that  at  constant  tem- 
perature, the  product  of  the  volume  and  pres- 

sure of  a  given  amount  of  gas  is  a  constant. 
(Section  10.3) 

Bronsted-Lowry  acid  A  substance  (molecule 
or  ion)  that  acts  as  a  proton  donor.  (Section  16.2) 
Bronsted-Lowry  base  A  substance  (molecule 
or  ion)  that  acts  as  a  proton  acceptor. 
(Section  16.2) 

buffer  capacity  The  amount  of  acid  or  base  a 
buffer  can  neutralize  before  the  pH  begins  to 

change  appreciably.  (Section  17.2) 
buffered  solution  (buffer)  A  solution  that  un- 

dergoes a  limited  change  in  pH  upon  addition 
of  a  small  amount  of  acid  or  base.  (Section  17.2) 
calcination  The  heating  of  an  ore  to  bring 
about  its  decomposition  and  the  elimination 
of  a  volatile  product.  For  example,  a  carbonate 
ore  might  be  calcined  to  drive  off  COt. 
(Section  23.2) 

calorie  A  unit  of  energy,  it  is  the  amount  of  en- 
ergy needed  to  raise  the  temperature  of  1  g  of 

water  by  1°C  from  14.5C  to  15.5°C  A  related 
unit  is  the  joule:  1  cal  =  4.184  J.  (Section  5.1) 
calorimeter  An  apparatus  that  measures  the 
evolution  of  heat.  (Section  5.5) 

calorimetry  The  experimental  measurement 
of  heat  produced  in  chemical  and  physical 
processes.  (Section  5.5) 
capillary  action  Hie  process  by  w  hich  a  liquid 
rises  in  a  tube  because  of  a  combination  of  adhe- 

sion to  the  walls  of  the  tube  and  cohesion  be- 
tween liquid  particles.  (Section  11.3) 

carbide  A  binary  compound  of  carbon  with  a 
metal  or  metalloid.  (Section  22.9) 

carbohydrates  A  class  of  substances  formed 
from  polvhvdroxy  aldehydes  or  ketones. 
(Section  25.10) 

carbon  black  A  microcrvstalline  form  of  car- 
bon. (Section  22.9) 

carbonyl  group  The  C=0  double  bond,  a 
characteristic  feature  of  several  organic  func- 

tional groups,  such  as  ketones  and  aldehydes. 
(Section  25.6) 

carboxylic  acid  A  compound  that  contains  the 
—  COOH  functional  group.  (Sections  16.10  and 25.6) 

catalyst  A  substance  that  changes  the  speed  of 
a  chemical  reaction  without  itself  undergoing  a 

permanent  chemical  change  in  the  process. 
(Section  14.7) 
cathode  An  electrode  at  which  reduction  oc- 

curs. (Section  20.3) 

cathode  rays  Streams  of  electrons  that  are  pro- 
duced when  a  high  voltage  is  applied  to  elec- 
trodes in  an  evacuated  tube.  (Section  2.2) 

cathodic  protection  A  means  of  protecting  a 
metal  agginst  corrosion  by  making  it  the  cath- 

ode in  a  voltaic  cell.  This  can  be  achieved  by  at- 
taching a  more  easily  oxidized  metal,  which 

serves  as  an  anode,  to  the  metal  to  be  protected. 
(Section  20.8) 
cation  A  positively  charged  ion.  (Section  2.7) 
cell  potential  A  measure  of  the  driving  force, 
or  "electrical  pressure,"  for  an  electrochemical 
reaction;  it  is  measured  in  volts:  1  V  =  1 J/C. 
Also  called  electromotive  force.  (Section  20.4) 

cellulose  A  polysaccharide  of  glucose;  it  is  the 
major  structural  element  in  plant  matter. 
(Section  25.10) 
Celsius  scale  A  temperature  scale  on  which 
water  freezes  at  0  and  boils  at  100'  at  sea  level. (Section  1.4) 

ceramic  A  solid  inorganic  material,  either  crys- 
talline (oxides,  carbides,  silicates)  or  amorphous 

(glasses).  Most  ceramics  melt  at  high  tempera- 
tures. (Section  12.1 ) 

chain  reaction  A  series  of  reactions  in  which 
one  reaction  initiates  the  next.  (Section  21.7) 

changes  of  state  Transformations  of  matter 
from  one  state  to  a  different  one,  for  example, 
from  a  gas  to  a  liquid.  (Section  1.3) 
charcoal  A  form  of  carbon  produced  when 
wood  is  heated  strongly  in  a  deficiency  of  air. 
(Section  22.9) 
Charles's  law  A  law  stating  that  at  constant 
pressure,  the  volume  of  a  given  quantity  of  gas 
is  proportional  to  absolute  temperature. 
(Section  10.3) 
chelate  effect  The  generally  larger  formation 
constants  for  polydentate  ligands  as  compared 
with  the  corresponding  monodentate  ligands. 
(Section  24.2) 
chelating  agent  A  polydentate  ligand  that  is 
capable  of  occupying  two  or  more  sites  in  the 
coordination  sphere.  (Section  24.2) 
chemical  bond  A  strong  attractive  force  that 
exists  between  atoms  in  a  molecule.  (Section  8.1) 

chemical  changes  Processes  in  which  one  or 
more  substances  are  converted  into  other  sub- 

stances; also  called  chemical  reactions. 
(Section  1.3) 

chemical  equation  A  representation  of  a 
chemical  reaction  using  the  chemical  formulas 
of  the  reactants  and  products;  a  balanced  chemi- 

cal equation  contains  equal  numbers  of  atoms  of 
each  element  on  both  sides  of  the  equation. 
(Section  3.1 ) 
chemical  equilibrium  A  state  of  dynamic  bal- 

ance in  which  the  rate  of  formation  of  the  prod- 
ucts of  a  reaction  from  the  reactants  equals  the 

rate  of  formation  of  the  reactants  from  the  prod- 
ucts; at  equilibrium  the  concentrations  of  the  re- 

actants and  products  remain  constant. 
(Section  4.1;  Chapter  15:  Introduction) 
chemical  formula  A  notation  that  uses  chemi- 

cal   symbols   with    numerical    subscripts  to 
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convey  the  relative  proportions  of  atoms  of  the 
different  elements  in  a  substance.  (Section  2.6) 

chemical  kinetics  [Tie  area  of  chemistr)  con- 
cerned with  the  speeds,  or  rates,  at  which  chem- 

ical reactions  occur.  (Chapter  14:  Introduction) 
chemical  nomenclature  The  rules  used  in 
naming  substances.  (Section  2.8) 
chemical  properties  Properties  that  describe  a 

substance's  composition  and  its  reactivity;  how 
the  substance  reacts  or  changes  into  other  sub- 

stances. (Section  1.3) 
chemical  reactions  Processes  in  which  one  or 
more  substances  are  converted  into  other 
substances;  also  called  chemical  changes. 
(Section  1.3) 
chemistry  The  scientific  discipline  that  treats 
the  composition,  properties,  and  transforma- 

tions of  matter.  (Chapter  1:  Introduction) 
chiral  A  term  describing  a  molecule  or  an  ion 
that  cannot  be  superimposed  on  its  mirror 
image.  (Sections  24.4  and  25.7) 
chlorofluorocarbons  Compounds  composed 
entirely  of  chlorine,  fluorine,  and  carbon. 
(Section  18.3) 

chlorophyll  A  plant  pigment  that  plays  a 
major  role  in  conversion  of  solar  energy  to  chem- 

ical energy  in  photosynthesis.  (Section  24.2) 
cholesteric  liquid  crystalline  phase  A  liquid 
crystal  formed  from  flat,  disc-shaped  molecules 
that  align  through  a  stacking  of  the  molecular 
discs.  (Section  12.5) 
coal  A  naturally  occurring  solid  containing 
hydrocarbons  of  high  molecular  weight,  as  well 
as  compounds  containing  sulfur,  oxygen,  and 
nitrogen.  (Section  5.8) 
coke  An  impure  form  of  carbon,  formed  when 
coal  is  heated  strongly  in  the  absence  of  air. 
(Section  22.9) 
colligative  properties  Those  properties  of  a 
solvent  (vapor-pressure  lowering,  freezing- 
point  lowering,  boiling-point  elevation,  osmotic 
pressure)  that  depend  on  the  total  concentration 
of  solute  particles  present.  (Section  13.5) 
collision  model  A  model  of  reaction  rates 
based  on  the  idea  that  molecules  must  collide  to 
react;  it  explains  the  factors  influencing  reaction 
rates  in  terms  of  the  frequency  of  collisions,  the 
number  of  collisions  with  energies  exceeding 
the  activation  energy,  and  the  probability  that 
the  collisions  occur  with  suitable  orientations. 
(Section  14.5) 

colloids  (colloidal  dispersions)  Mixtures  con- 
taining particles  larger  than  normal  solutes  but 

small  enough  to  remain  suspended  in  the  dis- 
persing medium.  (Section  13.6) 

combination  reaction  A  chemical  reaction  in 
which  two  or  more  substances  combine  to  form 
a  single  product.  (Section  3.2) 
combustion  reaction  A  chemical  reaction  that 
proceeds  with  evolution  of  heat  and  usually  also 
a  flame;  most  combustion  involves  reaction 
with  oxygen,  as  in  the  burning  of  a  match. 
(Section  3.2) 

common-ion  effect  A  shift  of  an  equilibrium 
induced  by  an  ion  common  to  the  equilibrium. 
For  example,  added  Na2S04  decreases  the  solu- 

bility of  the  slightly  soluble  salt  BaS04,  or 

added  NaCiH-iC^  decreases  the  percent  ioniza- 
tion of  HQH^CK  (Section  17.1 ) 

complementary    colors    Colors    th.it.  when 
mixed  in  proper  proportions,  appear  white  or 
colorless.  (Section  24.5) 

complete  ionic  equation  A  chemical  equation 
in  which  dissolved  strong  electrolytes  (such  as 
dissolved  ionic  compounds)  are  written  as  sepa- 

rate ions.  (Section  4.2) 

complex  ion  (complex)  An  assembly  of  a 
metal  ion  and  the  Lewis  bases  (ligands)  bonded 
to  it.  (Sections  17.5  and  24.1) 

compound  A  substance  composed  of  two  or 
more  elements  united  chemically  in  definite 
proportions.  (Section  1.2) 
concentration  The  quantity  of  solute  present 
in  a  given  quantity  of  solvent  or  solution. 
(Section  4.5) 
concentration  cell  A  voltaic  cell  containing  the 
same  electrolyte  and  the  same  electrode  materi- 

als in  both  the  anode  and  cathode  compart- 
ments. The  emf  of  the  cell  is  derived  from  a 

difference  in  the  concentrations  of  the  same 
electrolyte  solutions  in  the  compartments. 
(Section  20.6) 

condensation  polymerization  Polymerization 
in  which  molecules  are  joined  together  through 
condensation  reactions.  (Section  12.2) 
condensation  reaction  A  chemical  reaction  in 
which  a  small  molecule  (such  as  a  molecule  of 
water)  is  split  out  from  between  two  reacting 
molecules.  (Section  22.8) 
conduction  band  A  band  of  molecular  orbitals 

lying  higher  in  energy  than  the  occupied  va- 
lence band,  and  distinctly  separated  from  it. 

(Section  12.1) 

conjugate  acid  A  substance  formed  by  addi- 
tion of  a  proton  to  a  Bronsted-Lowry  base. 

(Section  16.2) 

conjugate  acid-base  pair  An  acid  and  a  base, 
such  as  HiO  and  OH  ,  that  differ  only  in  the 
presence  or  absence  of  a  proton.  (Section  16.2) 
conjugate  base  A  substance  formed  by  the 
loss  of  a  proton  from  a  Bronsted-Lowry  acid. 
(Section  16.2) 

continuous  spectrum  A  spectrum  that  con- 
tains radiation  distributed  over  all  wavelengths. 

(Section  6.3) 
conversion  factor  A  ratio  relating  the  same 
quantity  in  two  systems  of  units  that  is  used  to 
convert  the  units  of  measurement.  (Section  1.6) 

coordination  compound  or  complex  A  com- 
pound containing  a  metal  ion  bonded  to  a  group 

of  surrounding  molecules  or  ions  that  act  as  lig- 
ands. (Section  24. 1 ) 

coordination  number  The  number  of  adjacent 
atoms  to  which  an  atom  is  directly  bonded.  In  a 
complex  the  coordination  number  of  the  metal 
ion  is  the  number  of  donor  atoms  to  which  it  is 
bonded.  (Sections  11.7  and  24. 1 ) 
coordination  sphere  The  metal  ion  and  its 
surrounding  ligands.  (Section  24.1) 

coordination-sphere  isomers  Structural  iso- 
mers of  coordination  compounds  in  which  the 

ligands  within  the  coordination  sphere  differ. 
(Section  24.4) 

copolymer  A  complex  polymer  resulting  from 
the  polymerization  of  two  or  more  chemically 
different  monomers.  (Section  12.2) 
core  electrons  The  electrons  that  are  not  in  the 
outermost  shell  of  an  atom.  (Section  6.8) 

corrosion  The  process  by  which  a  metal  is 
oxidized  bv  substances  in  its  environment. (Section  20.8) 

covalent  bond  A  bond  formed  between  two 
or  more  atoms  by  a  sharing  of  electrons. 
(Section  8.1) 
covalent-network  solids  Solids  in  which  the 

units  that  make  up  the  three-dimensional 
network  are  joined  bv  covalent  bonds. 
(Section  11.8) 

critical  mass  The  amount  of  fissionable  mater- 
ial necessary  to  maintain  a  chain  reaction. 

(Section  21.7) 

critical  pressure  The  pressure  at  which  a  gas 
at  its  critical  temperature  is  conv  erted  to  a  liquid 
state.  (Section  11.4) 

critical  temperature  The  highest  temperature 
at  which  it  is  possible  to  convert  the  gaseous 
form  of  a  substance  to  a  liquid.  The  critical  tem- 

perature increases  with  an  increase  in  the  mag- 
nitude of  intermolecular  forces.  (Section  11.4) 

cross-linking  The  formation  of  bonds  be- 
tween polymer  chains.  (Section  12.2) 

crystal-field  theory  A  theory  that  accounts  for 
the  colors  and  the  magnetic  and  other  properties 
of  transition-metal  complexes  in  terms  of  the 
splitting  of  the  energies  of  metal  ion  d  orbitals  by 
the  electrostatic  interaction  with  the  ligands. 
(Section  24.6) 
crystal  lattice  An  imaginary  network  of  points 
on  which  the  repeating  unit  of  the  structure  of  a 
solid  (the  contents  of  the  unit  cell)  may  be  imag- 

ined to  be  laid  down  so  that  the  structure  of 
the  crystal  is  obtained.  Each  point  represents 
an  identical  environment  in  the  crystal. 
(Section  11.7) 
crystalline  solid  (crystal)  A  solid  whose  inter- 

nal arrangement  of  atoms,  molecules,  or  ions 
shows  a  regular  repetition  in  any  direction 
through  the  solid.  (Section  11.7) 
crystallinity  A  measure  of  the  extent  of 
crystalline  character  (order)  in  a  polymer. 
(Section  12.2) 

crystallization  The  process  in  which  a  dis- solved solute  comes  out  of  solution  and  forms  a 
crystalline  solid.  (Section  13.2) 

cubic  close  packing  A  close-packing  arrange- 
ment in  which  the  atoms  of  the  third  layer  of  a 

solid  are  not  directly  over  those  in  the  first  layer. 
(Section  11.7) 
curie  A  measure  of  radioactivity:  1  curie  = 
3.7  X  10  nuclear  disintegrations  per  second. 

(Section  21.4) 
cycloalkanes  Saturated  hydrocarbons  of  gen- 

eral formula  C„H2„  in  which  the  carbon  atoms 
form  a  closed  ring.  (Section  25.3) 

Dalton's  law  of  partial  pressures  A  law  stat- 
ing that  the  total  pressure  of  a  mixture  of  gases  is 

the  sum  of  the  pressures  that  each  gas  would 
exert  if  it  were  present  alone.  (Section  10.6) 
d-d  transition  The  transition  of  an  electron 
from  a  lower-energy  d  orbital  to  a  higher-energy 
d  orbital.  (Section  24.6) 
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decomposition  reaction  A  chemical  reaction 
in  which  a  single  compound  reacts  to  give  two 
or  more  products.  (Section  3.2) 
degenerate  A  situation  in  which  two  or  more 
orbitals  have  the  same  energy.  (Section  6.7) 
delocalized  electrons  Electrons  that  are 
spread  over  a  number  of  atoms  in  a  molecule 
rather  than  localized  between  a  pair  of  atoms. 
(Section  9.6) 

density  The  ratio  of  an  object's  mass  to  its  vol- 
ume. (Section  1.4) 

deoxyribonucleic  acid  (DNA)  A  polynu- 
cleotide in  which  the  sugar  component  is  de- 

oxyribose.  (Section  25.11) 
desalination  The  removal  of  salts  from  seawa- 
ter,  brine,  or  brackish  water  to  make  it  fit  for 
human  consumption.  (Section  18.5) 
deuterium  The  isotope  of  hydrogen  whose 
nucleus  contains  a  proton  and  a  neutron:  jH. 
(Section  22.2) 

dextrorotatory,  or  merely  dextro  or  d.  A  term 
used  to  label  a  chiral  molecule  that  rotates  the 

plane  of  polarization  of  plane-polarized  light  to 
the  right  (clockwise).  (Section  24.4) 

diamagnetism  A  type  of  magnetism  that  caus- 
es a  substance  with  no  unpaired  electrons  to 

be  weakly  repelled  from  a  magnetic  field. 
(Section  9.8) 

diatomic  molecule    A  molecule  composed  of 
only  two  atoms.  (Section  2.6) 
diffusion    The  spreading  of  one  substance 
through  a  space  occupied  by  one  or  more  other 
substances.  (Section  10.8) 

dilution  The  process  of  preparing  a  less  con- 
centrated solution  from  a  more  concentrated 

one  by  adding  solvent.  (Section  4.5) 
dimensional  analysis  A  method  of  problem 
solving  in  which  units  are  carried  through  all 
calculations.  Dimensional  analysis  ensures  that 
the  final  answer  of  a  calculation  has  the  desired 
units.  (Section  1.6) 

dipole  A  molecule  with  one  end  having  a 
slight  negative  charge  and  the  other  end  having 
a  slight  positive  charge;  a  polar  molecule. 
(Section  8.4) 

dipole-dipole  force    The  force  that  exists  be- 
cause of  the  interactions  of  dipoles  on  polar  mol- 

ecules in  close  contact.  (Section  11.2) 
dipole  moment    A  measure  of  the  separation 
and  magnitude  of  the  positive  and  negative 
charges  in  polar  molecules.  (Section  8.4) 
displacement  reaction    A  reaction  in  which  an 
element  reacts  with  a  compound,  displacing  an 
element  from  it.  (Section  4.1) 
disproportionation    A  reaction   in  which  a 
species    undergoes    simultaneous  oxidation 
and  reduction  [as  in  N^O^x)   >  NO(x)  + 
N02(g).]  (Section  22.5) 
donor  atom  The  atom  of  a  ligand  that  bonds  to 
the  metal.  (Section  24.1) 

doping  Incorporation  of  a  hetero  atom  into  a 
solid  to  change  its  electrical  properties.  For  ex- 

ample, incorporation  of  P  into  Si.  (Section  12.1) 
double  bond  A  covalent  bond  involving  two 
electron  pairs.  (Section  8.3) 
double  helix  The  structure  for  DNA  that  in- 
v  olves  the  winding  of  two  DNA  polynucleotide 

chains  together  in  a  helical  arrangement.  The 
two  strands  of  the  double  helix  are  complemen- 

tary in  that  the  organic  bases  on  the  two  strands 
are  paired  for  optimal  hydrogen  bond  interac- 

tion. (Section  25. 1 1 ) 
Downs  cell  A  cell  used  to  obtain  sodium 

metal  by  electrolysis  of  molten  NaCl. 
(Section  23.4) 

dynamic  equilibrium  A  state  of  balance  in 
which  opposing  processes  occur  at  the  same- rate.  (Section  11.5) 

effective  nuclear  charge  The  net  positive 
charge  experienced  by  an  electron  in  a  many- 
electron  atom;  this  charge  is  not  the  full  nuclear 
charge  because  there  is  some  shielding  of  the 
nucleus  by  the  other  electrons  in  the  atom. 
(Section  7.2) 

effusion  The  escape  of  a  gas  through  an  orifice 
or  hole.  (Section  10.8) 

elastomer  A  material  that  can  undergo  a  sub- 
stantial change  in  shape  via  stretching,  bending, 

or  compression  and  return  to  its  original 
shape  upon  release  of  the  distorting  force. 
(Section  12.2) 
electrochemistry  The  branch  of  chemistry  that 
deals  with  the  relationships  between  electricity 
and  chemical  reactions.  (Chapter  20: 
Introduction) 

electrolysis  reaction  A  reaction  in  which  a 
nonspontaneous  redox  reaction  is  brought 
about  by  the  passage  of  current  under  a  suffi- 

cient external  electrical  potential.  The  devices  in 
which  electrolysis  reactions  occur  are  called 
electrolytic  cells.  (Section  20.9) 

electrolyte  A  solute  that  produces  ions  in  solu- 
tion; an  electrolytic  solution  conducts  an  electric 

current.  (Section  4.1) 

electrolytic  cell    A  device  in  which  a  nonspon- 
taneous oxidation-reduction  reaction  is  caused 

to  occur  by  passage  of  current  under  a  sufficient 
external  electrical  potential.  (Section  20.9) 
electromagnetic  radiation  (radiant  energy)  A 
form  of  energy  that  has  wave  characteristics  and 
that  propagates  through  a  vacuum  at  the  charac- 

teristic speed  of  3.00  x  10s  m/s.  (Section  6.1 ) 
electrometallurgy    The  use  of  electrolysis  to  re- 

duce or  refine  metals.  (Section  23.4) 
electromotive  force  (emf)    A  measure  of  the 

driving  force,  or  electrical  pressure,  for  the  com- 
pletion of  an  electrochemical  reaction.  Electro- 
motive force  is  measured  in  volts:  1  V  =  1 J/C. 

Also  called  the  cell  potential.  (Section  20.4) 

electron    A  negatively  charged  subatomic  par- 
ticle found  outside  the  atomic  nucleus;  it  is  a 

part  of  all  atoms.  An  electron  has  a  mass  1/  1836 
times  that  of  a  proton.  (Section  2.3) 

electron  affinity    The  energy  change  that  oc- 
curs when  an  electron  is  added  to  a  gaseous 

atom  or  ion.  (Section  7.5) 
electron  capture  A  mode  of  radioactive  decay 
in  which  an  inner-shell  orbital  electron  is  cap- 

tured by  the  nucleus.  (Section  21.1) 
electron  configuration  A  particular  arrange- 

ment of  electrons  in  the  orbitals  of  an  atom. 
(Section  6.8) 
electron  density  The  probability  of  finding  an 
electron  at  any  particular  point  in  an  atom;  this 

probability  is  equal  to  i//2,  the  square  of  the  wave function.  (Section  6.5) 

electron  domain  In  the  VSEPR  model,  regions 
about  a  central  atom  in  which  electrons  are  con- 

centrated. (Section  9.2) 

electron-domain  geometry  The  three-dimen- 
sional arrangement  of  the  electron  domains 

around  an  atom  according  to  the  VSEPR  model. 
(Section  9.2) 
electronegativity  A  measure  of  the  ability  of 
an  atom  that  is  bonded  to  another  atom  to  at- 

tract electrons  to  itself.  (Section  8.4) 
electronic  charge  The  negative  charge  carried 
by  an  electron;  it  has  a  magnitude  of 
1.602  x  10  14  C.  (Section  2.3) 
electronic  structure  The  arrangement  of  elec- 

trons of  an  atom  or  molecule.  (Chapter  6: Introduction) 

electron-sea  model  A  model  for  the  behavior 
of  electrons  in  metals.  (Section  23.5) 
electron  shell  A  collection  of  orbitals  that  have 
the  same  value  of  n.  For  example,  the  orbitals 
with  n  =  3  (the  3s,  3p,  and  3d  orbitals)  comprise 
the  third  shell.  (Section  6.5) 

electron  spin  A  property  of  the  electron  that 
makes  it  behave  as  though  it  were  a  tiny 
magnet.  The  electron  behaves  as  if  it  were  spin- 

ning on  its  axis;  electron  spin  is  quantized. 
(Section  6.7) 

element  A  substance  that  cannot  be  separated 
into  simpler  substances  by  chemical  means. 
(Sections  1.1  and  1.2) 
elementary  reaction  A  process  in  a  chemical 
reaction  that  occurs  in  a  single  event  or  step.  An 
overall  chemical  reaction  consists  of  one  or  more 
elementary  reactions  or  steps.  (Section  14.6) 
empirical  formula  (simplest  formula)  A 
chemical  formula  that  shows  the  kinds  of 
atoms  and  their  relative  numbers  in  a  sub- 

stance in  the  smallest  possible  whole-number ratios.  (Section  2.6) 

enantiomers  Two  mirror-image  molecules  of  a 
chiral  substance.  The  enantiomers  are  nonsuper- 
imposable.  (Section  24.4) 
endothermic  process  A  process  in  which  a 
system  absorbs  heat  from  its  surroundings. 
(Section  5.2) 

energy  The  capacity  to  do  work  or  to  transfer heat.  (Section  5.1) 

energy-level  diagram  A  diagram  that  shows 
the  energies  of  molecular  orbitals  relative  to  the 
atomic  orbitals  from  which  they  are  derived. 
Also    called    a    molecular-orbital  diagram 
(Section  9.7) 

enthalpy  A  quantity  defined  by  the  relation- 
ship H  =  E  +  PV;  the  enthalpy  change,  AH,  for 

a  reaction  that  occurs  at  constant  pressure  is  the 
heat  evolved  or  absorbed  in  the  reaction: 

AH  =  qp.  (Section  5.3) 
enthalpy  (heat)  of  formation  The  enthalpy 

change  that  accompanies  the  formation  of  a  sub- 
stance from  the  most  stable  forms  of  its  compo- 

nent elements.  (Section  5.7) 

enthalpy  of  reaction  The  enthalpy  change  as- 
sociated with  a  chemical  reaction.  (Section  5.4) 

entropy  A  thermodynamic  function  associat- 
ed with  the  number  of  different  equivalent  ener- 
gy states  or  spatial  arrangements  in  which  a 
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system  may  be  found.  It  is  a  thermodynamic 
state  function,  which  means  that  once  we  speci- 

fy the  conditions  for  a  system — that  is,  the  tem- 
perature, pressure,  and  so  on — the  entropy  is 

defined.  (Sections  13.1  and  19.2) 
enzyme  A  protein  molecule  that  acts  to 
catalyze  specific  biochemical  reactions. 
(Section  14.7) 
equilibrium  constant  The  numerical  value  ot 
the  equilibrium-constant  expression  for  a  sys- 

tem at  equilibrium.  The  equilibrium  constant  is 
most  usually  denoted  by  Kf,  for  gas-phase 
systems  or  K,  for  solution-phase  systems. 
(Section  15.2) 

equilibrium-constant  expression  The  expres- 
sion that  describes  the  relationship  among  the 

concentrations  (or  partial  pressures)  of  the  sub- 
stances present  in  a  system  at  equilibrium.  The 

numerator  is  obtained  by  multiplying  the  con- 
centrations of  the  substances  on  the  product  side 

of  the  equation,  each  raised  to  a  power  equal  to 
its  coefficient  in  the  chemical  equation.  The  de- 

nominator similarly  contains  the  concentrations 
of  the  substances  on  the  reactant  side  of  the 
equation.  (Section  15.2) 
equivalence  point  The  point  in  a  titration  at 
which  the  added  solute  reacts  completely  with 
the  solute  present  in  the  solution.  (Section  4.6) 
ester  An  organic  compound  that  has  an  OR 
group  attached  to  a  carbonyl;  it  is  the  product  of 
a  reaction  between  a  carboxylic  acid  and  an  al- 

cohol. (Section  25.6) 
ether  A  compound  in  which  two  hydrocarbon 
groups  are  bonded  to  one  oxygen.  (Section  25.5) 
exchange  (metathesis)  reaction  A  reaction  be- 

tween compounds  that  when  written  as  a  mole- 
cular equation  appears  to  involve  the  exchange 

of  ions  between  the  two  reactants.  (Section  4.2) 

excited  state  A  higher  energy  state  than  the 
ground  state.  (Section  6.3) 
exothermic  process  A  process  in  which  a 
system  releases  heat  to  its  surroundings. 
(Section  5.2) 
extensive  property  A  property  that  depends 
on  the  amount  of  material  considered;  for  exam- 

ple, mass  or  volume.  (Section  1 .3) 
face-centered  cubic  cell  A  cubic  unit  cell  that 
has  lattice  points  at  each  corner  as  well  as  at  the 
center  of  each  face.  (Section  11.7) 
faraday  A  unit  of  charge  that  equals  the  total 
charge  of  one  mole  of  electrons:  1  F  =  46,500  C. 
(Section  20.5) 

/-block  metals  Lanthanide  and  actinide  ele- 

ments in  which  the  4/"  or  5/'  orbitals  are  partial- 
ly occupied.  (Section  6.9) 

ferromagnetism  The  ability  of  some  -sub- 
stances to  become  permanently  magnetized 

through  alignment  of  unpaired  electron  spins. 
(Section  23.7) 
first  law  of  thermodynamics  A  statement  of 
our  experience  that  energy  is  conserved  in  any 
process.  We  can  express  the  law  in  many  ways. 
One  of  the  more  useful  expressions  is  that  the 
change  in  internal  energy,  AE,  of  a  system  in  any 
process  is  equal  to  the  heat,  q,  added  to  the  sys- 

tem, plus  the  work,  w,  done  on  the  system  by  its 
surroundings:  AE  =  q  +  w.  (Section  5.2) 

first-order  reaction  A  reaction  in  which  the  re- 
action rate  is  proportional  to  the  concentration 

of  a  single  reactant,  raised  to  the  first  power. 
(Section  14.4) 

fission  The  splitting  of  a  large  nucleus  into 
two  smaller  ones.  (Section  21.6) 

force  A  push  or  a  pull.  (Section  5.1) 

formal  charge  The  number  of  valence  elec- 
trons in  an  isolated  atom  minus  the  number  of 

electrons  assigned  to  the  atom  in  the  Lewis 
structure.  (Section  8.5) 

formation  constant  For  a  metal  ion  complex, 
the  equilibrium  constant  for  formation  of  the 
complex  from  the  metal  ion  and  base  species 
present  in  solution.  It  is  a  measure  of  the  tenden- 

cy of  the  complex  to  form.  (Section  17.5) 
formula  weight  The  mass  of  the  collection  of 
atoms  represented  by  a  chemical  formula.  For 
example,  the  formula  weight  of  NOj  (46.0  amu) 
is  the  sum  of  the  masses  of  one  nitrogen  atom 
and  two  oxygen  atoms.  (Section  3.3) 
fossil  fuels  Coal,  oil,  and  natural  gas,  which 
are  presently  our  major  sources  of  energy. 
(Section  5.8) 

free  energy  (Gibbs  free  energy,  G)  A  thermo- 
dynamic state  function  that  gives  a  criterion  for 

spontaneous  change  in  terms  of  enthalpy  and 
entropy:  G  =  H  —  TS.  (Section  19.5) 
free  radical  A  substance  with  one  or  more  un- 

paired electrons.  (Section  21.9) 
frequency  The  number  of  times  per  second 
that  one  complete  wavelength  passes  a  given 
point.  (Section  6. 1 ) 
frequency  factor  (A)    A  term  in  the  Arrhenius 
equation  that  is  related  to  the  frequency  of  colli- 

sion and  the  probability  that  the  collisions  are 
favorably  oriented  for  reaction.  (Section  14.5) 
fuel  cell    A  voltaic  cell  that  utilizes  the  oxida- 

tion of  a  conventional  fuel,  such  as  FN  or  CHj, 
in  the  cell  reaction.  (Section  20.7) 

fuel  value    The  energy  released  when  1  g  ot  a 
substance  is  combusted.  (Section  5.8) 

functional  group    An  atom  or  group  ot  atoms 
that  imparts  characteristic  chemical  properties 
to  an  organic  compound.  (Section  25.1 ) 
fusion    The  joining  of  two  light  nuclei  to  form 
a  more  massive  one.  (Section  21.6) 

galvanic  cell    See  voltaic  cell  (Section  20.3) 
gamma   radiation    Energetic  electromagnetic 
radiation  emanating  from  the  nucleus  of  a  ra- 

dioactive atom.  (Section  21.1 ) 

gas    Matter  that  has  no  fixed  volume  or  shape; 
it  conforms  to  the  volume  and  shape  of  its  con- 

tainer. (Section  1 .2) 

gas  constant  (R)  The  constant  of  proportional- 
ity in  the  ideal-gas  equation.  (Section  10.4) 

Geiger  counter  A  device  that  can  detect  and 
measure  radioactivity.  (Section  21.5) 
geometric  isomers  Compounds  with  the  same 
type  and  number  of  atoms  and  the  same  chemi- 

cal bonds  but  different  spatial  arrangements  of 
these  atoms  and  bonds.  (Sections  24.4  and  25.4) 
Gibbs  free  energy  A  thermodynamic  state 
function  that  combines  enthalpy  and  entropy,  in 
the  form  G  =  H  -  TS.  For  a  change  occurring 
at  constant   temperature  and    pressure,  the 

change  in  free  energy  is  AG  =  AH  -  /  AS. 
(Section  19.5) 
glass  An  amorphous  solid  formed  by  fusion  of 
SiO^  CaO,  and  Na^O.  Other  oxides  may  also  be 
used  to  form  glasses  with  differing  characteris- 

tics. (Section  22.10) 

glucose  A  polyhydroxy  aldehyde  whose 
formula  is  CH;OH(Ch6h)4CHO;  it  is  the 
most  important  ot  the  monosaccharides. (Section  25.10) 

glycogen  The  general  name  given  to  a  group 
of  polysaccharides  of  glucose  that  are  synthe- sized in  mammals  and  used  to  store  energy 
from  carbohydrates.  (Section  25.10) 

Graham's  law  A  law  stating  that  the  rate  of  ef- 
fusion of  a  gas  is  inversely  proportional  to 

the  square  root  of  its  molecular  weight. 
(Section  10.8) 

gray  (Gy)  The  SI  unit  tor  radiation  dose  corre- 
sponding to  the  absorption  of  1  J  of  energy 

per  kilogram  of  tissue;  1  Gy  =  100  rads. 
(Section  21.9) 
green  chemistry  Chemistry  that  promotes  the 
design  and  application  of  chemical  products 
and  processes  that  are  compatible  with  human 
health  and  that  preserve  the  environment. 
(Section  18.7) 

ground  state  The  lowest-energy  or  most  sta- ble, state.  (Section  6.3) 

group  Elements  that  are  in  the  same  column  of 
the  periodic  table;  elements  within  the  same 
group  or  family  exhibit  similarities  in  their 
chemical  behavior.  (Section  2.5) 

Haber  process  The  catalyst  system  and  condi- 
tions of  temperature  and  pressure  developed  by 

Fritz  Haber  and  coworkers  for  the  formation  of 
NH,  from  H2  and  N:  (Section  15.1) 

half-life  The  time  required  for  the  concentra- 
tion of  a  reactant  substance  to  decrease  to  half  its 

initial  value;  the  time  required  for  half  of  a  sam- 
ple of  a  particular  radioisotope  to  decay. 

(Sections  14.4  and  21.4) 

half-reaction  An  equation  for  either  an  oxida- 
tion or  a  reduction  that  explicitly  shows  the  elec- 

trons   involved,    tor   example,    Zn   (aq)  + 
2  e   ►  Zn(s).  (Section  20.2) 

Hall  process    A  process  used  to  obtain  alu- 
minum by  electrolysis  ot  AI2O3  dissolved  in 

molten  cryolite,  Na  ?AIF„.  (Section  23.4) 

halogens    Members  of  group  7A  in  the  period- 
ic table.  (Section  7.8) 

hard  water  Water  that  contains  appreciable 

concentrations  of  Ca  and  Mg~';  these  ions react  with  soaps  to  form  an  insoluble  material. (Section  18.6) 

heat    The  flow  of  energy  from  a  body  at  higher 
temperature  to  one  at  lower  temperature  when 
they  are  placed  in  thermal  contact.  (Section  5  I ) 
heat  capacity    I  he  quantity  of  heat  required  In 
raise  the  temperature  ot  a  sample  of  matter  In 
1  C  (or  1  K).  (Section  5.5) 
heat  of  fusion    The  enthalpy  change,  AJ 
melting  a  solid.  (Section  11.4) 
heat  of  sublimation     I  he  enthalp 
AH,  for  vaporization  of  a  solid.  (Sec  tion  111) 
heat  of  vaporization    I  he  enthalp)  1 
AH,  for  vaporization  of  a  liquid.  (Set  tion  11.4) 



G-6  Glossary 

hemoglobin  An  iron-containing  protein  re- 
sponsible for  oxygen  transport  in  the  blood. 

(Section  18.4) 

Henderson-Hasselbalch  equation    The  rela- 
tionship among  the  pH,  pK„,  and  the  concentra- 

tions of  acid  and  conjugate  base  in  an  aqueous 
[base] 

solution:  pH  =  pK„  +  log 7  — .  (Section  17.2) [acid] 

Henry's  law  A  law  stating  that  the  concentra- 
tion of  a  gas  in  a  solution,  C^,  is  proportional  to 

the  pressure  of  gas  over  the  solution:  Cg  =  kP^ . 
(Section  13.3) 

Hess's  law  The  heat  evoked  in  a  given 
process  can  be  expressed  as  the  sum  of  the  heats 
of  several  processes  that,  when  added,  yield  the 
process  of  interest.  (Section  5.6) 

heterogeneous  alloy  An  alloy  in  which  the 
components  are  not  distributed  uniformly;  in- 

stead, two  or  more  distinct  phases  with  charac- 
teristic compositions  are  present.  (Section  23.6) 

heterogeneous  catalyst  A  catalyst  that  is  in  a 
different  phase  from  that  of  the  reactant  sub- 

stances. (Section  14.7) 

heterogeneous  equilibrium  The  equilibrium 
established  between  substances  in  two  or  more 
different  phases,  for  example,  between  a  gas  and 
a  solid  or  between  a  solid  and  a  liquid. 
(Section  15.4) 

hexagonal  close  packing  A  close-packing 
arrangement  in  which  the  atoms  of  the  third 
layer  of  a  solid  lie  directly  over  those  in  the  first 
layer.  (Section  11.7) 

high-spin  complex  A  complex  whose  elec- 
trons populate  the  d  orbitals  to  give  the 

maximum  number  of  unpaired  electrons. 
(Section  24.6) 

high-temperature     superconductivity  The 
"frictionless"  flow  of  electrical  current  (super- 
conductivitv)  at  temperatures  above  30  K  in  cer- 

tain complex  metal  oxides.  (Section  12.1) 

homogeneous  catalyst  A  catalyst  that  is  in  the 
same  phase  as  the  reactant  substances. 
(Section  14.7) 

homogeneous  equilibrium  The  equilibrium 
established  between  reactant  and  product 
substances  that  are  all  in  the  same  phase. 
(Section  15.3) 

Hund's  rule  A  rule  stating  that  electrons  occu- 
py degenerate  orbitals  in  such  a  way  as  to  maxi- 

mize the  number  of  electrons  with  the  same 

spin.  In  other  words,  each  orbital  has  one  elec- 
tron placed  in  it  before  pairing  of  electrons  in  or- 

bi tdls  occurs.  Note  that  this  rule  applies  only  to 
orbitals  that  are  degenerate,  which  means  that 
they  have  the  same  energy.  (Section  6.8) 
hybridization  The  mixing  of  different  tvpes  of 
atomic  orbitals  to  produce  a  set  of  equivalent 
hybrid  orbitals.  (Section  9.5) 
hybrid  orbital  An  orbital  that  results  from  the 
mixing  of  different  kinds  of  atomic  orbitals  on 

the  same  atom  For  example,  an  s/>3  hybrid  re- 
sults from  the  mixing,  or  hybridizing,  of  one  s 

orbital  and  three/'  orbitals.  (Section  9.5) 
hydration  Solvation  when  the  solvent  is 
water.  (Section  13.1) 

hydride  ion  An  ion  formed  by  the  addition  of 

an  electron  to  a  hydrogen  atom:  H~. (Section  7.7) 

hydrocarbons  Compounds  composed  of  only 
carbon  and  hydrogen.  (Section  2.9) 
hydrogen  bonding  Bonding  that  results  from 
intermolecular  attractions  between  molecules 

containing  hydrogen  bonded  to  an  electronega- 
tive element.  The  most  important  examples  in- 

volve OH,  NH,  and  HE  (Section  11.2) 

hydrolysis  A  reaction  with  water.  When  a 
cation  or  anion  reacts  with  water,  it  changes  the 
pH.  (Section  16.9) 
hydrometallurgy  Aqueous  chemical  process- 

es for  recoverv  of  a  metal  from  an  ore. 
(Section  23.3) 

hydronium  ion  (H30  )  The  predominant 
form  of  the  proton  in  aqueous  solution. 
(Section  16.2) 
hydrophilic  Water  attracting.  The  term  is 
often  used  to  describe  a  type  of  colloid. 
(Section  13.6) 

hydrophobic  Water  repelling.  The  term  is 
often  used  to  describe  a  type  of  colloid. 
(Section  13.6) 

hypothesis  A  tentative  explanation  of  a  series 
of  observations  or  of  a  natural  law.  (Section  1.3) 

ideal  gas  A  hvpothetical  gas  whose  pressure, 
volume,  and  temperature  behavior  is 
completely  described  bv  the  ideal-gas  equation. 
(Section  10.4) 

ideal-gas  equation  An  equation  of  state  for 

gases  that  embodies  Bovle's  law,  Charles's  law, 
and  Avogadro's  hvpothesis  in  the  form PV  =  nRT.  (Section  10.4) 

ideal  solution  A  solution  that  obevs  Raoult's 
law.  (Section  13.5) 

immiscible  liquids  Liquids  that  do  not  dis- 
solve in  one  another  to  a  significant  extent. 

(Section  13.3) 
indicator    A  substance  added  to  a  solution  to 

indicate  by  a  color  change  the  point  at  which  the 
added  solute  has  reacted  with  all  the  solute  pre- 

sent in  solution.  (Section  4.6) 

instantaneous  rate    The  reaction  rate  at  a  par- 
ticular time  as  opposed  to  the  average  rate  over 

an  interval  of  time.  (Section  14.2) 

insulator    A  solid  with  extremely  low  electrical 
conductivity  (Section  12.1) 

intensive  property    A  property  that  is  inde- 
pendent of  the  amount  of  material  considered, 

for  example,  density.  (Section  1.3) 
interhalogens    Compounds  formed  between 
two  different  halogen  elements.  Examples  in- 

clude IBr  and  F3rF3.  (Section  22.4) 
intermediate    A  substance  formed  in  one  ele- 

mentary step  of  a  multistep  mechanism  and 
consumed  in  another;  it  is  neither  a  reactant  nor 
an  ultimate  product  of  the  overall  reaction. 
(Section  14.6) 
intermetallic  compound  A  homogeneous  alloy 

with  definite  properties  and  composition.  Inter- 
metallic compounds  are  stoichiometric  com- 

pounds, but  their  compositions  are  not  readily 
explained  in  terms  of  ordinary  chemical  bonding 
theory.  (Section  23.6) 

intermolecular  forces  The  short-range  attrac- 
tive forces  operating  between  the  particles  that 

make  up  the  units  of  a  liquid  or  solid  substance. 
These  same  forces  also  cause  gases  to  liquefy  or 
solidify  at  low  temperatures  and  high  pressures. 
(Chapter  11:  Introduction) 
internal  energy  The  total  energy  possessed  by 
a  system.  When  a  system  undergoes  a  change, 
the  change  in  internal  energy,  AE,  is  defined  as 
the  heat,  (],  added  to  the  system,  plus  the  work, 
to,  done  on  the  system  by  its  surroundings: 
IE  =  q  +  w.  (Section  5.2) 
ion  Electrically  charged  atom  or  group  of 
atoms  (polyatomic  ion);  ions  can  be  positively  or 

negativ  ely  charged,  depending  on  whether  elec- trons are  lost  (positive)  or  gained  (negative)  by 
the  atoms.  (Section  2.7) 

ion-dipole  force  The  force  that  exists  between 
an  ion  and  a  neutral  polar  molecule  that  pos- 

sesses a  permanent  dipole  moment. 
(Section  11.2) 

ion  exchange  A  process  in  which  ions  in  solu- 
tion are  exchanged  for  other  ions  held  on  the 

surface  of  an  ion-exchange  resin;  the  exchange 

of  a  hard-water  cation  such  as  Ca2~  for  a  soft- 
water  cation  such  as  Na~  is  used  to  soften  water. 
(Section  18.6) 
ionic  bond  A  bond  between  oppositely 
charged  ions.  The  ions  are  formed  from  atoms 
by  transfer  of  one  or  more  electrons. 
(Section  8.1) 

ionic  compound  A  compound  composed  of 
cations  and  anions.  (Section  2.7) 

ionic  hydrides  Compounds  formed  when  hy- 
drogen reacts  with  alkali  metals  and  also  the 

heavier  alkaline  earths  (Ca,  Sr,  and  Ba);  these 

compounds  contain  the  hydride  ion,  H~. (Section  22.2) 

ionic  solids  Solids  that  are  composed  of  ions. 
(Section  11.8) 

ionization  energy    The  energy  required  to  re- 
move an  electron  from  a  gaseous  atom  when  the 

atom  is  in  its  ground  state.  (Section  7.4) 

ionizing  radiation    Radiation  that  has  suffi- 
cient energv  to  remove  an  electron  from  a  mole- 
cule, thereby  ionizing  it.  (Section  21.9) 

ion-product  constant    For  water,  Kw  is  the 
product  of  the  aquated  hydrogen  ion  and  hy- 

droxide ion  concentrations:  [H^][OH~]  =  K-u,  = 1.0  X  10~14  at  25°C  (Section  16.3) 

irreversible  process    A  process  that  is  not  re- 
versible; and  as  a  result,  some  of  its  potential  for 

accomplishing  work  is  dissipated  as  heat.  Any 
spontaneous  process  is  irreversible  in  practice. 
(Section  19.1) 
isoelectronic  series  A  series  of  atoms,  ions,  or 

molecules  having  the  same  number  of  electrons. 
(Section  7.3) 
isomers  Compounds  whose  molecules  have 
the  same  overall  composition  but  different 
structures.  (Section  24.4) 

isothermal  process    One  that  occurs  at  con- 
stant temperature.  (Section  19.1) 

isotopes    Atoms  of  the  same  element  contain- 
ing different  numbers  of  neutrons  and  therefore 

having  different  masses.  (Section  2.3) 



joule  (J)  [Tie  SI  unit  of  energy,  I  kg-m  s  .  A 
related  unit  is  the  calorie:  4. 184  J  cal. 
(Section  5.1 ) 
Kelvin  scale  I  he  absolute  temperature  scale; 
the  SI  unit  for  temperature  is  the  kelvin.  Zero 
on  the  Kelvin  scale  corresponds  to  273. 1  ̂  C; 
therefore,  K  =  °C  +  273.15.  (Section  1.4) 
ketone  A  compound  in  which  the  carbonyl 
group  occurs  at  the  interior  of  a  carbon  chain 
and  is  therefore  flanked  by  carbon  atoms. 
(Section  25.6) 

kinetic  energy  1  he  energy  that  an  object  pos- 
sesses by  virtue  of  its  motion.  (Section  5.1 ) 

kinetic-molecular  theory  A  set  ol  assump- 
tions about  the  nature  of  gases.  These  assump- 
tions, when  translated  into  mathematical  form, 

yield  the  ideal-gas  equation.  (Section  10.7) 
lanthanide  contraction  I  he  gradual  decrease 
in  atomic  and  ionic  radii  with  increasing  atomic 
number  among  the  lanthanide  elements,  atomic 
numbers  57  through  70.  The  decrease  arises  lie- 
cause  of  a  gradual  increase  in  effective  nuclear 
charge  through  the  lanthanide  series. 
(Section  23.7) 
lanthanide  (rare  earth)  element  Element  in 
which  the  4/  subshell  is  only  partially  occupied. 
(Sections  6.8  and  6.s>) 
lattice  energy  The  energy  required  to  separate 
completely  the  ions  in  an  ionic  solid. 
(Section  8.2) 
law  of  conservation  of  mass  A  scientific  law 
stating  that  the  total  mass  of  the  products  of  a 
chemical  reaction  is  the  same  as  the  total  mass  of 
the  reactants,  so  that  mass  remains  constant  dur- 

ing the  reaction.  (Section  3.1) 
law  of  constant  composition  A  law  that  states 
that  the  elemental  composition  of  a  pure  com- 

pound is  always  the  same,  regardless  of  its 
source;  also  called  the  law  of  definite  propor- 

tions. (Section  1 .2) 
law  of  definite  proportions  A  law  that  states 
that  the  elemental  composition  of  a  pure  sub- 

stance is  always  the  same,  regardless  of  its 
source;  also  called  the  law  of  constant  composi- 

tion. (Section  1 .2) 
law  of  mass  action    The  rules  by  which  the 
equilibrium  constant  is  expressed  in  terms  of  the 
concentrations  of  reactants  and  products,  in  ac- 

cordance with  the  balanced  chemical  equation 
for  the  reaction.  (Section  15.2) 
leaching    The  selective  dissolution  of  a  desired 
mineral  by  passing  an  aqueous  reagent  solution 
through  an  ore.  (Section  23.3) 

Le  Chatelier's  principle    A  principle  stating 
that  when  we  disturb  a  system  at  chemical  equi- 

librium, the  relative  concentrations  of  reactants 

and  products  shift  so  as  to  partially  undo  trje  ef- 
fects of  the  disturbance.  (Section  15.7) 

levorotatory,  or  merely  Ievo  or  /.    A  term  used 
to  label  a  chiral  molecule  that  rotates  the  plane 
of  polarization  of  plane-polarized  light  to  the 
left  (counterclockwise).  (Section  24.4) 

Lewis     acid    An     electron-pair  acceptor. 
(Section  16.11) 

Lewis  base  An  electron-pair  donor. 
(Section  16.11) 
Lewis  structure  A  representation  of  covalent 
bonding  in  a  molecule  that  is  drawn  using 

Lewis  symbols.  Shared  electron  pairs  are  shown 
as  lines,  and  unshared  electron  pairs  are  shown 
as  pairs  of  dots.  Only  the  valence-shell  electrons 
are  shown.  (Section  8.3) 

Lewis  symbol  (electron-dot  symbol)  Ihe 
chemical  symbol  for  an  element,  with  a  dot  for 
each  valence  electron.  (Section  8.1 ) 

ligand  An  ton  or  molecule  that  coordinates  to 
a  metal  atom  or  to  a  metal  ion  to  form  a  com- 

plex. (Section  24. 1 1 
lime-soda  process  A  method  used  in  large- 
scale  water  treatment  to  reduce  water  hardness 

by  remov  ing  Mg  and  Ca  .  The  substances 
added  to  the  water  are  lime,  CaO  [or  slaked 
lime,  Ca(OH)2],  and  soda  ash,  Na2C03,  in 
amounts  determined  by  the  concentrations  of 
the  undesired  ions.  (Section  18.6) 

limiting  reactant  (limiting  reagent)  The  reac- 
tant  present  in  the  smallest  stoichiometric  quan- 

tity in  a  mixture  of  reactants;  the  amount  of 
product  that  can  form  is  limited  by  the  complete 
consumption  of  the  limiting  reactant. 
(Section  3.7) 

line  spectrum  A  spectrum  that  contains  radia- 
tion at  only  certain  specific  wavelengths. (Section  6.3) 

linkage  isomers  Structural  isomers  of  coordi- 
nation compounds  in  which  a  ligand  differs 

in  its  mode  of  attachment  to  a  metal  ion. 
(Section  24.4) 
liquid  Matter  that  has  a  distinct  volume  but 
no  specific  shape.  (Section  1.2) 
liquid  crystal  A  substance  that  exhibits  one  or 
more  partially  ordered  liquid  phases  above  the 
melting  point  of  the  solid  form.  By  contrast,  in 
nonliquid  crystalline  substances  the  liquid 
phase  that  forms  upon  melting  is  completely 
unordered.  (Section  12.5) 
lithosphere    That  portion  of  our  environment 
consisting  of  the  solid  Earth.  (Section  23.1) 

lock-and-key  model    A  model  of  enzyme  ac- 
tion in  which  the  substrate  molecule  is  pictured 

as  fitting  rather  specifically  into  the  active  site 
on  the  enzyme.  It  is  assumed  that  in  being 
bound  to  the  active  site,  the  substrate  is  some- 

how activated  for  reaction.  (Section  14.7) 
London    dispersion     forces  Intermolecular 
forces  resulting  from  attractions  between  in- 

duced dipoles.  (Section  1 1.2) 
low-spin  complex    A  metal  complex  in  which 
the  electrons  are  paired  in  lower-energy  orbitals. 
(Section  24.6) 

magic  numbers  Numbers  of  protons  and  neu- 
trons that  result  in  very  stable  nuclei. 

(Section  21.2) 

main-group  elements    Elements  in  the  s  and  /> 
blocks  of  the  periodic  table.  (Section  6.9) 
mass    A  measure  of  the  amount  of  material  in 
an  object.  It  measures  the  resistance  of  an  object 
to  being  moved.  In  SI  units,  mass  is  measured  in 
kilograms.  (Section  1.4) 
mass  defect  The  difference  between  the  mass 
of  a  nucleus  and  the  total  masses  of  the  individ- 

ual nucleons  that  it  contains.  (Section  21.6) 

mass  number  The  sum  of  the  number  of  pro- 
tons and  neutrons  in  the  nucleus  of  a  particular 

atom.  (Section  2.3) 
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mass  percentage    The  number  of  grams  u 
solute  in  each  100  g  of  solution.  (Section  13.4) 
mass  spectrometer    An  instrument  used  to 
measure    the    precise    masses    and  relative 
amounts    of    atomic    and    molecular  ions. 

(Section  2.4l 
matter  Anything  that  occupies  space  and  has 
mass;  the  physical  material  of  the  universe. 
(Section  1.1) 
matter  waves  I  he  term  used  to  describe  the 
wave  characteristics  of  a  particle.  (Section  h.4) 
mean  free  path  1  he  av  erage  distance  trav  eled 

by  a  gas  ̂ molecule  between  collisions. (Section  10.8) 

metal  complex  (complex  ion  or  complex)  An 
assembly  of  a  metal  ion  and  the  Lewis  bases 
bonded  to  it.  (Section  24.1) 

metallic  bond  Bonding,  usually  in  solid  met- 
als, in  which  the  bonding  electrons  are  relatively 

free  to  move  throughout  the  three-dimensional 
structure.  (Section  8.1 ) 
metallic  character  Ihe  extent  to  w  hich  an  ele- 

ment exhibits  the  physical  and  chemical  proper- 
ties characteristic  of  metals,  for  example,  luster, 

malleability,  ductility,  and  good  thermal  and 
electrical  conductivity.  (Section  7.6) 
metallic  elements  (metals)  I  lements  that  are 
usually  solids  at  room  temperature,  exhibit  high 
electrical  and  heat  conductivity,  and  appear  lus- 

trous. Most  of  the  elements  in  the  periodic  table 
are  metals.  (Section  2.5) 

metallic  hydrides    Compounds  formed  w  hen 
hydrogen  reacts  with  transition  metals;  these 
compounds   contain    the   hydride   ion,    1 1 
(Section  22.2) 
metallic  solids  Solids  that  are  composed  of 
metal  atoms.  (Section  1 1.8) 

metalloids  Elements  that  lie  along  the  diago- 
nal line  separating  the  metals  from  the  non- 

metals  in  the  periodic  table;  the  properties  of 
metalloids  are  intermediate  between  those  of 
metals  and  nonmetals.  (Section  2.5) 

metallurgy  Ihe  science  of  extracting  metals 
from  their  natural  sources  bv  a  combination  of 

chemical  and  physical  processes.  It  is  also  con- 
cerned with  the  properties  and  structures  of 

metals  and  alloys.  (Section  23.1 ) 

metathesis  (exchange)  reaction  A  reaction  in 
which  two  substances  react  through  an 
exchange      of      their      component  ions: 
AX  -t  BY   •  AY  -4  BX.    I'recipitation  and 
acid-base  neutralization  reactions  are  examples 
of  metathesis  reactions.  (Section  4.2) 

metric  system  A  system  of  measurement  used 
in  science  and  in  most  countries,  ["he  meter 
and  the  gram  are  examples  of  metric  units (Section  1.4) 

microstate    The  state  of  a  system  at  a  i 
instant;  one  of  many  possible  states  ol tern.  (Section  19.3) 

mineral    A  solid,  inorganic  sub 
ring  in  nature,  such  as  calcium  i 
occurs  as  calcite.  (Section  23. 1 

miscible    Liquids  that  m'v (Section  13.3) 
mixture    A  combinati 

stances  in  which  eac !  s  its  own 
chemical  identity.  (5 
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molal  boiling-point-elevation  constant  (Kh) 
A  constant  characteristic  of  a  particular  solvent 
that  gives  the  increase  in  boiling  point  .is  a 
function  of  solution  molality:  AT),  =  Kf,m. 
(Section  13.5) 

molal  freezing-point-depression  constant  (KA 
A  constant  characteristic  of  a  particular  solvent 
that  gives  the  decrease  in  freezing  point  as  a 
function  of  solution  molality:  AT  =  Krm. 
(Section  13.5) 

molality  The  concentration  of  a  solution  ex- 
pressed as  moles  of  solute  per  kilogram  of  sol- 

vent; abbreviated  in.  (Section  13.4) 

molar  heat  capacity  The  heat  required  to  raise 
the  temperature  of  one  mole  of  a  substance  by 
PC.  (Section  5.5) 
molarity  The  concentration  of  a  solution  ex- 

pressed as  moles  of  solute  per  liter  of  solution; 
abbreviated  M.  (Section  4.5) 
molar  mass  The  mass  of  one  mole  of  a  sub- 

stance in  grams;  it  is  numerically  equal  to 
the  formula  weight  in  atomic  mass  units. 
(Section  3.4) 

mole  A  collection  of  Avogadro's  number 
(6.022  x  1023)  of  objects;  for  example,  a  mole 
of  H20  is  6.022  x  1023  H20  molecules. 
(Section  3.4) 

molecular  compound  A  compound  that  con- 
sists of  molecules.  (Section  2.6) 

molecular  equation  A  chemical  equation  m 
which  the  formula  for  each  substance  is  written 
without  regard  for  whether  it  is  an  electrolyte  or 
a  nonelectrolyte.  (Section  4.2) 
molecular  formula  A  chemical  formula  that 
indicates  the  actual  number  of  atoms  of  each 
element  in  one  molecule  of  a  substance. 
(Section  2.6) 
molecular  geometry  The  arrangement  in 
space  of  the  atoms  of  a  molecule.  (Section  9.2) 
molecular  hydrides  Compounds  formed 
when  hydrogen  reacts  with  nonmetals  and  met- 

alloids. (Section  22.2) 
molecularity  The  number  of  molecules  that 
participate  as  reactants  in  an  elementary  reac- 

tion. (Section  14.6) 
molecular  orbital  (MO)  An  allowed  state  for 

an  electron  in  a  molecule.  According  to  molecu- 
lar-orbital theory,  a  molecular  orbital  is  entirely 

analogous  to  an  atomic  orbital,  which  is  an  al- 
lowed state  for  an  electron  in  an  atom.  A  molec- 

ular orbital  may  be  classified  as  <r  or  tt, 
depending  on  the  disposition  of  electron  density 
with  respect  to  the  internuclear  axis. 
(Section  4.7) 
molecular-orbital  diagram  A  diagram  that 
shows  the  energies  of  molecular  orbitals  relative 
to  the  atomic  orbitals  from  which  they  are  de- 

rived; also  called  an  energy-level  diagram. 
(Section  9.7) 

molecular-orbital  theory  A  theory  that  ac- 
counts for  the  allowed  states  for  electrons  in 

molecules.  (Section  9.7) 
molecular  solids  Solids  that  are  composed  of 
molecules.  (Section  I  1.8) 
molecular  weight  I  he  mass  of  the  collection 
of  atoms  represented  by  the  chemical  formula 
for  a  molecule.  (Section  3.3) 

molecule  A  chemical  combination  of  two  or 
more  atoms.  (Sections  1.1  and  2.6) 
mole  fraction  The  ratio  of  the  number  of 
moles  of  one  component  of  a  mixture  to  the  total 
moles  of  all  components;  abbreviated  X,  with 
a  subscript  to  identify  the  component. 
(Section  10.6) 

momentum  The  product  of  the  mass,  m,  and 
velocity,  v,  of  a  particle.  (Section  6.4) 
monodentate  ligand  A  ligand  that  binds  to 
the  metal  ion  via  a  single  donor  atom.  It  occu- 

pies one  position  in  the  coordination  sphere. 
(Section  24.2) 
monomers  Molecules  with  low  molecular 

weights,  which  can  be  joined  together  (polymer- 
ized) to  form  a  polymer.  (Section  12.2) 

monosaccharide  A  simple  sugar,  most  com- 
monly containing  six  carbon  atoms.  The  joining 

together  of  monosaccharide  units  by  condensa- 
tion reactions  results  in  formation  of  polysac- 

charides. (Section  25.10) 

multiple  bonding    Bonding  involving  two  or 
more  electron  pairs.  (Section  8.3) 
nanomaterial    A  material  whose  useful  charac- 

teristics are  the  result  of  features  in  the  range 
from  1  to  100  nm.  (Section  12.6) 

nanotechnology    Technology  that  relies  on  the 
properties  of  matter  at  the  nanoscale,  that  is,  in 
the  range  from  1  to  100  nm.  (Section  12.6) 
natural  gas    A  naturally  occurring  mixture  of 
gaseous  hydrocarbon  compounds  composed  of 
hydrogen  and  carbon.  (Section  5.8) 
nematic  liquid  crystalline  phase    A  liquid 
crystal  in  which  the  molecules  are  aligned  in  the 
same  general  direction,  along  their  long  axes, 
but  in  which  the  ends  of  the  molecules  are  not 
aligned.  (Section  12.5) 
Nernst  equation  An  equation  that  relates  the 
cell  emf,  £,  to  the  standard  emf,  £°,  and  the 
reaction  quotient,  Q:£  =  E°-(RT/iiF)ln  Q. 
(Section  20.6) 
net  ionic  equation  A  chemical  equation  for  a 
solution  reaction  in  which  soluble  strong  elec- 

trolytes are  written  as  ions  and  spectator  ions 
are  omitted.  (Section  4.2) 
neutralization  reaction  A  reaction  in  which  an 

acid  and  a  base  react  in  stoichiometrically  equiv- 
alent amounts;  the  neutralization  reaction  be- 

tween an  acid  and  a  metal  hydroxide  produces 
water  and  a  salt.  (Section  4.3) 

neutron  An  electrically  neutral  particle  found 
in  the  nucleus  of  an  atom;  it  has  approximately 
the  same  mass  as  a  proton.  (Section  2.3) 

noble  gases  Members  of  group  8A  in  the  peri- 
odic table.  (Section  7.8) 

node  A  locus  of  points  in  an  atom  at  which  the 
electron  density  is  zero.  For  example,  the  node 
in  a  2s  orbital  is  a  spherical  surface.  (Section  6.6) 
nonbonding  pair  In  a  Lewis  structure  a  pair  of 
electrons  assigned  completely  to  one  atom;  also 
called  a  lone  pair.  (Section  9.2) 
nonelectrolyte  A  substance  that  does  not  ion- 

ize in  water  and  consequently  gives  a  noncon- 
ducting solution.  (Section  4.1 ) 

nonionizing  radiation  Radiation  that  does  not 
have  sufficient  energy  to  remove  an  electron 
from  a  molecule.  (Section  21.9) 

nonmetallic  elements  (nonmetals)  Elements 

in  the  upper  right  corner  of  the  periodic  table; 
nonmetals  differ  from  metals  in  their  physical 
and  chemical  properties.  (Section  2.5) 
nonpolar  covalent  bond  A  covalent  bond 
in  which  the  electrons  are  shared  equally. 
(Section  8.4) 
normal  boiling  point    The  boiling  point  at  1 
atm  pressure.  (Section  11.5) 
normal  melting  point    The  melting  point  at  1 
atm  pressure.  (Section  11.6) 
nuclear  binding  energy    The  energy  required 

to  decompose  an  atomic  nucleus  into  its  compo- 
nent protons  and  neutrons.  (Section  21.6) 

nuclear  disintegration  series    A  series  of  nu- 
clear reactions  that  begins  with  an  unstable  nu- 
cleus and  terminates  with  a  stable  one;  also 

called  a  radioactive  series.  (Section  21.2) 
nuclear  transmutation    A  conversion  of  one 
kind  of  nucleus  to  another.  (Section  21.3) 

nucleic  acids    Polymers  of  high  molecular 

weight  that  carry  genetic  information  and  con- 
trol protein  synthesis.  (Section  25.11) 

nucleon    A  particle  found  in  the  nucleus  of  an 
atom.  (Section  21.1) 

nucleotide  Compounds  formed  from  a  mole- 
cule of  phosphoric  acid,  a  sugar  molecule,  and 

an  organic  nitrogen  base.  Nucleotides  form  lin- 
ear polymers  called  DNA  and  RNA,  which  are 

involved  in  protein  synthesis  and  cell  reproduc- 
tion. (Section  25.11) 

nucleus    The  very  small,  very  dense,  positively 
charged  portion  of  an  atom;  it  is  composed  of 
protons  and  neutrons.  (Section  2.2) 
nuclide    A  nucleus  of  a  specific  isotope  of  an 
element.  (Section  2.3) 

octet  rule    A  rule  stating  that  bonded  atoms 
tend  to  possess  or  share  a  total  of  eight  valence- 
shell  electrons.  (Section  8.1) 

optical  isomers    Stereoisomers  in  which  the 
two  forms  of  the  compound  are  nonsuperim- 
posable  mirror  images.  (Section  24.4) 
optically  active    Possessing  the  ability  to  rotate 
the  plane  of  polarized  light.  (Section  24.4) 
orbital    An  allowed  energy  state  of  an  electron 
in  the  quantum  mechanical  model  of  the  atom; 
the  term  orbital  is  also  used  to  describe  the  spa- 

tial distribution  of  the  electron.  An  orbital  is  de- 
fined by  the  values  of  three  quantum  numbers: 

/i,  /,  and  mi.  (Section  6.5) 
ore  A  source  of  a  desired  element  or  mineral, 
usually  accompanied  by  large  quantities  of 
other  materials  such  as  sand  and  clay. 
(Section  23.1) 

organic  chemistry  The  study  of  carbon- 
containing  compounds,  typically  containing 
carbon-carbon  bonds.  (Section  2.9;  Chapter  25: Introduction) 

osmosis  The  net  movement  of  solvent 

through  a  semipermeable  membrane  toward 
the  solution  with  greater  solute  concentration. 
(Section  13.5) 
osmotic  pressure    The  pressure  that  must  be 
applied  to  a  solution  to  stop  osmosis  from  pure 
solvent  into  the  solution.  (Section  13.5) 
Ostwald  process    An  industrial  process  used 
to  make  nitric  acid  from  ammonia.  The  NH3  is 
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catalytically  oxidized  by  02  to  form  NO;  NO  in 
air  is  oxidized  to  N02:  HNO-i  is  formed  in  a  dis- 
proportionation  reaction  when  N02  dissolves  in 
water.  (Section  22.7) 
overall  reaction  order  I  he  sum  ot  the  reaction 
orders  of  all  the  reactants  appearing  in  the  rate 
expression  when  the  rate  can  be  expressed  as 

rate  =  k[A}"\ B}1' ....  (Section  14.3) 
overlap  I  he  extent  to  which  atomic  orbitals  on 
different  atoms  share  the  same  region  of  space. 
When  the  overlap  between  two  orbitals  is  large, 
a  strong  bond  may  be  formed.  (Section  9.4) 
oxidation  A  process  in  which  a  substance 
loses  one  or  more  electrons.  (Section  4.4) 
oxidation  number  (oxidation  state)  A  positive 
or  negative  whole  number  assigned  to  an  ele- 

ment in  a  molecule  or  ion  on  the  basis  of  a  set  of 
formal  rules;  to  some  degree  it  reflects  the 
positive  or  negative  character  of  that  atom 
(Section  4.4) 
oxidation-reduction  (redox)  reaction  A  chem- 

ical reaction  in  which  the  oxidation  states  ot  cer- 
tain atoms  change.  (Chapter  20:  Introduction) 

oxidizing  agent,  or  oxidant  The  substance 
that  is  reduced  and  thereby  causes  the  oxidation 
of  some  other  substance  in  an  oxidation-reduc- 

tion reaction.  (Section  21).  1 ) 
oxyacid  A  compound  in  which  one  or  more 
OH  groups,  and  possibly  additional  oxygen 
atoms,  are  bonded  to  a  central  atom. 
(Section  16.10) 
oxyanion    A  polyatomic  ion  that  contains  one 
or  more  oxvgen  atoms.  (Section  2.8) 
ozone    The  name  given  to  Ot,  an  allotrope  ot 
oxygen.  (Section  7.8) 
paramagnetism    A  property  that  a  substance 
possesses  it  it  contains  one  or  more  unpaired 
electrons.  A  paramagnetic  substance  is  drawn 
into  a  magnetic  field.  (Section  9.8) 
partial  pressure    The  pressure  exerted  by  a 
particular  gas  in  a  mixture.  (Section  10.6) 
particle  accelerator    A  dev  ice  that  uses  strong 
magnetic  and  electrostatic  fields  to  accelerate 
charged  particles.  (Section  21.3) 
parts  per  billion  (ppb)    The  concentration  of  a 
solution  in  grams  of  solute  per  10  (billion) 
grams  of  solution;  equals  micrograms  of  solute 
per  liter  of  solution  for  aqueous  solutions. 
(Section  13.4) 
parts  per  million  (ppm)  The  concentration  of 

a  solution  in  grams  of  solute  per  10''  (million) 
grams  of  solution;  equals  milligrams  of  solute 
per  liter  of  solution  for  aqueous  solutions. 
(Section  1.3.4) 
pascal  (Pa)  The  SI  unit  of  pressure: 
1  Pa  =  N/m2.  (Section  10.2) 
Pauli  exclusion  principle  A  rule  stating  that 
no  two  electrons  in  an  atom  may  hav  e  the  same 
four  quantum  numbers  (u,  /,  /)//,  and  ms).  As  a 
reflection  of  this  principle,  there  can  be  no  more 
than  two  electrons  in  any  one  atomic  orbital. 
(Section  6.7) 
peptide  bond  A  bond  formed  between  two 
amino  acids.  (Section  23.9) 

percent  yield  The  ratio  of  the  actual  (experi- 
mental) yield  of  a  product  to  its  theoretical  (cal- 
culated) yield,  multiplied  by  100.  (Section  3.7) 

period  I  he  row  of  elements  that  lie  in  a  hori- 
zontal row  in  the  periodic  table.  (Section  2.5) 

periodic  (able  The  arrangement  ot  elements  in 
order  of  increasing  atomic  number,  with  ele- 

ments having  similar  properties  placed  in  v  erti- 
cal columns.  (Section  2.5) 

petroleum  A  naturally  occurring  combustible 
liquid  composed  ot  hundreds  of  hydrocarbons 
and  other  organic  compounds.  (Section  5.8) 
pH  The  negative  log  in  base  10  of  the  aquated 
hydrogen  ion  concentration:  pH  =  -log[H  ]. (Section  16.4) 

pH    titration    curve    See    titration  curve. 
(Section  17.3) 

phase  change  I  he  conv  ersion  of  a  substance 
from  one  state  of  matter  to  another.  The  phase 
changes  we  consider  are  melting  and  freezing 
(solid «-» liquid),  sublimation  and  deposition 
(solid  <—»  gas),  and  v  aporization  and  condensa- 

tion (liquid  «-»gas).  (Section  11.4) 
phase  diagram  A  graphic  representation  of 
the  equilibria  among  the  solid,  liquid,  and 
gaseous  phases  ot  a  substance  as  a  function  of 
temperature  and  pressure.  (Section  11.6) 
photochemical  smog  A  complex  mixture  of 
undesirable  substances  produced  bv  the  action 
of  sunlight  on  an  urban  atmosphere  polluted 
with  automobile  emissions,  the  major  starting 
ingredients  are  nitrogen  oxides  and  organic 
substances,  notablv  olefins  and  aldehydes. 

(Section  18  li 
photodissociation  The  breaking  ot  a  molecule 
into  two  or  more  neutral  fragments  as  a  result  of 
absorption  of  light.  (Section  18.2) 
photoelectric  effect  The  emission  of  elections 
from  a  metal  surface  induced  bv  light. 
(Section  6.2) 

photoionization  I  he  remov  al  ot  an  electron 
from  an  atom  or  molecule  bv  absorption  of  light 
(Section  18.2) 
photon  The  smallest  inc  rement  (a  quantum)  of 
radiant  energy;  a  photon  ot  light  with  frequency 
(»  has  an  energy  equal  to  //('.(Section  6.2) 
photosynthesis  The  process  that  occurs  in 
plant  leaves  by  which  light  energy  is  used  to 
convert  carbon  dioxide  and  water  to  carbohy- 

drates and  oxvgen.  (Section  24.2) 

physical  changes  Changes  (such  as  a  phase 
change)  that  occur  with  no  change  in  chemical 
composition.  (Section  1.3) 

physical  properties  Properties  that  cm  be 
measured  without  changing  the  composition  of 
a  substance,  for  example,  color  and  freezing 
point  (Sectii  hi  1 .3) 
pi  (tt)  bond  A  covalent  bond  in  which  elec- 

tron density  is  concentrated  above  and  below 
the  line  joining  the  bonded  atoms.  (Section  9.6) 
pi  (n)  molecular  orbital  A  molecular  orbital 
that  concentrates  the  electron  density  on  oppo- 

site sides  of  a  line  that  passes  through  the  nuclei. 
(Section  9.8) 

Planck's  constant  (/;)  The  constant  that  relates 
the  energy  and  frequency  of  a  photon,  /  =  hv. 
Its  value  is  6.626  '  10" 14  J-s.  (Section  6.2) 
plastic  A  material  that  can  be  formed  into  par- 

ticular shapes  by  application  of  heat  and  pres- 
sure. (Section  1 2.2) 

polar  covalent  bond  A  covalent  bond  in 
which  the  electrons  are  not  shared  equally. 
(Section  8.4) 

polarizabilitv     I  he  ease  w  ith  which  the  elec- tron cloud  of  an  atom  or  a  molecule  is  distorted 

by  an  outside  influence,  thereby  inducing  a  di- 
pole  moment.  (Section  1 1  2) 
polar  molecule    A  molecule  that  possesses  a 
nonzero  dipole  moment.  (Section  8.4) 
polyatomic  ion    An  electrically  charged  group 
of  two  or  more  atoms.  (Section  2.7) 

polydentate  ligand    A  ligand  in  which  two  or 
more  donor  atoms  can  coordinate  to  the  same 
metal  ion.  (Section  24.2) 

polymer  A  large  molecule  ot  high  molecular 
mass,  formed  bv  the  joining  together,  or  poly- 

merization, of  a  large  number  of  molecules  of 
low  molecular  mass.  The  indiv  idual  molecules 
forming  the  polymer  are  called  monomers. 
(Section  12.2) 

polypeptide  A  polymer  ot  ammo  acids  that 
has  a  molecular  weight  of  less  than  10,0(10. 

(Section  2T<->) polyprotic  acid  A  substance  capable  ot  disso- 
ciating more  than  one  proton  in  water;  H2S04  is 

an  example.  (Section  16.6) 

polysaccharide  A  substance  made  up  of  sever- 
al monosaccharide  units  joined  together. 

(Section  25.10) 
porphyrin    A  complex  derived  from  the  por- 
phine  molecule.  (Section  24.2) 
positron    A  particle  w  ith  the  same  mass  as  an 
electron  but  w  ith  a  positive  charge,  symbol  Je. 
(Section  21.1 ) 
potential  energy  the  energy  that  an  object 
possesses  as  a  result  ol  its  composition  or  its 
position  with  respect  to  another  object. 
(Section  5.  | ) 
precipitate  An  insoluble  substance  that  forms 
111,  and  separates  trom,  a  solution.  (Section  4.2) 
precipitation  reaction  A  reaction  th.it  occurs 
between  substances  in  solution  in  which  one  ot 
the  products  is  insoluble.  (Section  4.2) 
precision  Hie  closeness  ol  agreement  among 
several  measurements  of  the  same  quantity;  the 
reproducibility  ol  a  measurement.  (Section  1.5) 
pressure  A  measure  of  the  force  exerted  on  a 
unit  area.  In  chemistry,  pressure  is  often  ex- 

pressed in  units  of  atmospheres  (atm)  or  torr: 
760  torr  I  atm;  in  SI  units  pressure  is  ex- 

pressed in  pascals  (Pa).  (Section  10.2) 
pressure-volume  {PV)  work  Work  performed 
by  expansion  of  a  gas  against  a  resisting  pies 
sure.  (Section  5.3) 

primary  structure    I  he  sequence  ol  amino 
acids  along  a  protein  chain.  (Section  25.9) 
primitive  cubic  cell    A  cubic  unit  cell  in 
the   lattice   points   are  at   the  corners  onlv 
(Section  1 1 .7) 

probability  density  (<!>')  A  value  thai  re|  re 
sents  the  probability  thai  an  electron  will  be 
found  at  a  given  point  in  space  (Section  6.5) 
product  A  substance  produced  in  a  chemical 
reaction;  it  appears  to  the  right  ol  the  arrow  in  a 
chemical  equation.  (Se<  lion  3. 1 ) 

property  A  characteristic  thai  gives  a  sample 
of  matter  its  unique  identity  (Section  1.1) 



G-10  Glossary 

protein  A  biopolymer  formed  from  amino 
acids.  (Section  25.9) 

protium  The  most  common  isotope  of  hydro- 
gen. (Section  22.2) 

proton  A  positively  charged  subatomic  parti- 
cle found  in  the  nucleus  of  an  atom.  (Section  2.3) 

pure  substance  Matter  that  has  a  fixed  compo- 
sition and  distinct  properties.  (Section  1.2) 

pyrometallurgy  A  process  in  which  heat  con- 
verts a  mineral  in  an  ore  from  one  chemical  form 

to  another  and  eventually  to  the  free  metal. 
(Section  23.2) 
qualitative  analysis  The  determination  of  the 
presence  or  absence  of  a  particular  substance  in 
a  mixture.  (Section  17.7) 

quantitative  analysis  The  determination  of 
the  amount  of  a  given  substance  that  is  present 
in  a  sample.  (Section  17.7) 
quantum    The  smallest  increment  of  radiant 
energy  that  may  be  absorbed  or  emitted;  the 
magnitude  of  radiant  energy  is      (Section  b.2) 
racemic  mixture    A  mixture  of  equal  amounts 
of  the  dextrorotatory  and  levorotatory  forms  of 
a  chiral  molecule.  A  racemic  mixture  will  not  ro- 

tate polarized  light.  (Section  24.4) 

rad    A  measure  of  the  energy  absorbed  from  ra- 
diation by  tissue  or  other  biological  material;  1 

rad  =  transfer  of  1  X  10    ]  of  energy  per  kilo- 
gram of  material.  (Section  21») 

radial  probability  function    The  probability 
that  the  electron  will  be  found  at  a  certain  dis- 

tance from  the  nucleus.  (Section  6.6) 

radioactive    Possessing  radioactivity,  the  spon- 
taneous disintegration  of  an  unstable  atomic  nu- 

cleus with  accompanying  emission  of  radiation. 
(Section  2.2;  Chapter  21:  Introduction) 
radioactive  series    A  series  or  nuclear  reactions 

that  begins  with  an  unstable  nucleus  and  termi- 
nates with  a  stable  one.  Also  called  nuclear 

disintegration  series.  (Section  21.2) 
radioisotope    An  isotope  that  is  radioactive; 
that  is,  it  is  undergoing  nuclear  changes  with 
emission  of  radiation.  (Section  21.1) 
radionuclide    A       radioactive  nuclide. 
(Section  21.1) 
radiotracer  A  radioisotope  that  can  be  used  to 
trace  the  path  of  an  element  in  a  chemical  sys- 

tem. (Section  21.5) 

Raoult's  law  A  law  stating  that  the  partial 
pressure  of  a  solvent  over  a  solution,  PA,  is 
given  by  the  vapor  pressure  of  the  pure  solvent, 

P'\,  times  the  mole  fraction  of  a  solvent  in  the 
solution,  XA  :  PA  =  XAP%.  (Section  13.5) 
rare  earth  element  See  ianthanide  element. 
(Sections  6.8  and  6.4) 

rate  constant  A  constant  of  proportionality  be- 
tween the  reaction  rate  and  the  concentrations 

of  reactants  that  appear  in  the  rate  law. 
(Section  14.3) 

rate-determining  step  I  he  slowest  elemen- 
tary step  in  a  reaction  mechanism.  (Section  14.6) 

rate  law  An  equation  that  relates  the  reaction 
rate  to  the  concentrations  of  reactants  (and 
sometimes  of  products  also).  (Section  14.3) 
reactant  A  starting  substance  in  a  chemical  re- 

action; it  appears  to  the  left  of  the  arrow  in  a 
chemical  equation.  (Section  3.1) 

reaction  mechanism  A  detailed  picture,  or 
model,  of  how  the  reaction  occurs;  that  is,  the 
order  in  which  bonds  are  broken  and  formed 
and  the  changes  in  relative  positions  of  the 
atoms  as  the  reaction  proceeds.  (Section  14.6) 

reaction  order  I  he  power  to  which  the  con- 
centration of  a  reactant  is  raised  in  a  rate  law. 

(Section  14.3) 

reaction  quotient  (Q)  The  value  that  is  ob- 
tained when  concentrations  of  reactants  and 

products  are  inserted  into  the  equilibrium  ex- 
pression. If  the  concentrations  are  equilibrium 

concentrations,  Q  =  K;  otherwise,  (J  *  K. 
(Section  15.6) 

reaction  rate  The  decrease  in  concentration  of 
a  reactant  or  the  increase  in  concentration  of  a 
product  with  time.  (Section  14.2) 
redox  (oxidation-reduction)  reaction  A  reac- 

tion in  which  certain  atoms  undergo  changes  in 
oxidation  states.  The  substance  increasing  in  ox- 

idation state  is  oxidized;  the  substance  decreas- 
ing in  oxidation  state  is  reduced.  (Chapter  20: 

Introduction) 

reducing  agent,  or  reductant  The  substance 
that  is  oxidized  and  thereby  causes  the  reduc- 

tion of  some  other  substance  in  an  oxidation-re- 
duction reaction.  (Section  20.1) 

reduction  A  process  in  which  a  substance 
gains  one  or  more  electrons.  (Section  4.4) 
refining  The  process  of  converting  an  impure 
form  of  a  metal  into  a  more  usable  substance  of 

well-defined  composition.  For  example,  crude 
pig  iron  from  the  blast  furnace  is  refined  in  a 
converter  to  produce  steels  of  desired  composi- 

tions. (Section  23.2) 

rem  A  measure  of  the  biological  damage 

caused  by  radiation;  rems  =  rads  x  RBE. 

(Section  21 '.9) renewable  energy  Energy  such  as  solar  ener- 
gy, wind  energy,  and  hydroelectric  energy  de- 

rived from  essentially  inexhaustible  sources. 
(Section  5.8) 

representative  (main-group)  element    An  ele- 
ment from  within  the  s  and  p  blocks  of  the  peri- 

odic table  (Figure  6.29).  (Section  6.9) 
resonance    structures    (resonance  forms) 
Individual  Lewis  structures  in  cases  where  two 

or  more  Lewis  structures  are  equally  good  de- 
scriptions of  a  single  molecule.  The  resonance 

structures  in  such  an  instance  are  "averaged"  to 
give  a  more  accurate  description  of  the  real  mol- 

ecule. (Section  8.6) 

reverse  osmosis  The  process  by  which  water 
molecules  move  under  high  pressure  through  a 
semipermeable  membrane  from  the  more  con- 

centrated to  the  less  concentrated  solution. 
(Section  18.5) 
reversible  process  A  process  that  can  go  back 
and  forth  between  states  along  exactly  the  same 
path;  a  system  at  equilibrium  is  reversible  if 
equilibrium  can  be  shifted  by  an  infinitesimal 
modification  of  a  variable  such  as  temperature. 
(Section  19.1) 
ribonucleic  acid  (RNA)  A  polynucleotide 
in  which  ribose  is  the  sugar  component. 
(Section  25.11) 
roasting  Thermal  treatment  of  an  ore  to  bring 
about  chemical  reactions  involving  the  furnace 

atmosphere.  For  example,  a  sulfide  ore  might  be 
roasted  in  air  to  form  a  metal  oxide  and  SO?. 
(Section  23.2) 

root-mean-square  (rms)  speed  (/x)  The  square 
root  of  the  average  of  the  squared  speeds  of  the 
gas  molecules  in  a  gas  sample.  (Section  10.7) 
rotational  motion  Movement  of  a  molecule  as 
though  it  is  spinning  like  a  top.  (Section  19.3) 

salinity  A  measure  of  the  salt  content  of  sea- 
water,  brine,  or  brackish  water.  It  is  equal  to  the 
mass  in  grams  of  dissolved  salts  present  in  1  kg 
of  seawater.  (Section  18.5) 
salt  An  ionic  compound  formed  by  replacing 

one  or  more  H '  of  an  acid  by  other  cations. (Section  4.3) 

saponification    Hydrolysis  of  an  ester  in  the 
presence  of  a  base.  (Section  25.6) 
saturated  solution    A  solution  in  which  undis- 

solved solute  and  dissolved  solute  are  in  equi- 
librium. (Section  13.2) 

scientific  law  A  concise  verbal  statement  or  a 
mathematical  equation  that  summarizes  a  wide 
range  of  observations  and  experiences. (Section  1.3) 

scientific  method  The  general  process  of  ad- 
vancing scientific  knowledge  by  making  experi- 
mental observations  and  by  formulating 

hypotheses,  theories,  and  laws.  (Section  1.3) 
scintillation  counter  An  instrument  that  is 
used  to  detect  and  measure  radiation  bv  the  flu- 

orescence it  produces  in  a  fluorescing  medium. 
(Section  21.5) 

secondary  structure  The  manner  in  which  a 
protein  is  coiled  or  stretched.  (Section  25.9) 
second  law  of  thermodynamics  A  statement 
of  our  experience  that  there  is  a  direction  to  the 
way  events  occur  in  nature.  When  a  process  oc- 

curs spontaneously  in  one  direction,  it  is  non- 
spontaneous  in  the  reverse  direction.  It  is 
possible  to  state  the  second  law  in  many  differ- 

ent forms,  but  they  all  relate  back  to  the  same 
idea  about  spontaneity.  One  of  the  most  com- mon statements  found  in  chemical  contexts  is 
that  in  any  spontaneous  process  the  entropy  of 
the  universe  increases.  (Section  19.2) 
second-order  reaction  A  reaction  in  which  the 
overall  reaction  order  (the  sum  of  the  concentra- 

tion-term exponents)  in  the  rate  law  is  2. 
(Section  14.4) 
semiconductor    A  solid  with  limited  electrical 
conductivity.  (Section  12.1) 

sigma  (<r>  bond    A  covalent  bond  in  which 
electron  density  is  concentrated  along  the  inter- nuclear  axis.  (Section  9.6) 

sigma  (<r)  molecular  orbital  A  molecular  or- 
bital that  centers  the  electron  density  about  an 

imaginary  line  passing  through  two  nuclei. (Section  9.7) 

significant  figures  "The  digits  that  indicate  the precision  with  which  a  measurement  is  made; 
all  digits  of  a  measured  quantity  are  significant, 
including  the  last  digit,  which  is  uncertain. 
(Section  1.5) 

silicates  Compounds  containing  silicon  and 
oxygen,  structurally  based  on  Si04  tetrahedra. 
(Section  22.10) 

single  bond  A  covalent  bond  involving  one 
electron  pair.  (Section  8.3) 
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SI  units  [Tie  preferred  metric  units  for  use  in 
science.  (Section  1 .4) 
slag  A  mixture  of  molten  silicate  minerals. 
Slags  may  be  acidic  or  basic,  according  to  the 
acidity  or  basicity  of  the  oxide  added  to  silica. 
(Section  23.2) 
smectic  liquid  crystalline  phase  A  liquid 
crystal  in  which  the  molecules  are  aligned  along 
their  long  axes  and  arranged  in  sheets,  with  the 
ends  of  the  molecules  aligned.  There  are  several 
different  kinds  of  smectic  phases.  (Section  12.5) 

smelting  A  melting  process  in  which  the  ma- 
terials formed  in  the  course  of  the  chemical  reac- 
tions that  occur  separate  into  two  or  more 

layers.  For  example,  the  layers  might  be  slag 
and  molten  metal.  (Section  23.2) 

sol-gel  process  A  process  in  which  extremely 
small  particles  (0.003  to  0.1  |j.m  in  diameter)  ot 
uniform  size  are  produced  in  a  series  of  chemi- 

cal steps,  followed  by  controlled  heating. 
(Section  12.2) 
solid  Matter  that  has  both  a  definite  shape  and 
a  definite  volume.  (Section  1.2) 

solubility  The  amount  of  a  substance  that  dis- 
solves in  a  given  quantity  of  solvent  at  a  given 

temperature  to  form  a  saturated  solution. 
(Sections  4.2  and  13.2) 

solubility-product  constant  (solubility  prod- 
uct) (Ksf,)  An  equilibrium  constant  related  to 

the  equilibrium  between  a  solid  salt  and  its  ions 
in  solution.  It  provides  a  quantitative  measure 
of  the  solubility  of  a  slightly  soluble  salt. 
(Section  17.4) 
solute  A  substance  dissolved  in  a  solvent  to 
form  a  solution;  it  is  normally  the  component  of 
a  solution  present  in  the  smaller  amount. 
(Section  4.1 ) 
solution  A  mixture  of  substances  that  has  a 
uniform  composition;  a  homogeneous  mixture. 
(Section  1.2) 
solution  alloy  A  homogeneous  alloy,  with  the 
components  distributed  uniformly  throughout. 
(Section  23.6) 
solvation    The  clustering  of  solvent  molecules 
around  a  solute  particle.  (Section  13.1) 
solvent    The  dissolving  medium  of  a  solution; 
it  is  normally  the  component  of  a  solution  pre- 

sent in  the  greater  amount.  (Section  4.1) 

specific  heat    The  heat  capacity  of  1  g  of  a  sub- 
stance; the  heat  required  to  raise  the  tempera- 

ture of  1  g  of  a  substance  by  1°C.  (Section  5.5) 
spectator  ions    Ions  that  go  through  a  reaction 
unchanged  and  that  appear  on  both  sides  of  the 
complete  ionic  equation.  (Section  4.2) 
spectrochemical    series    A    list    of  ligands 
arranged  in  order  of  their  abilities  to  split  the  d- 
orbital  energies  (using  the  terminology  of  the 
crystal-field  model).  (Section  24.6) 
spectrum    The   distribution   among  various 
wavelengths  of  the  radiant  energy  emitted  or 
absorbed  by  an  object.  (Section  6.3) 
spin   magnetic   quantum   number   (ms)  A 
quantum  number  associated  with  the  electron 
spin;   it   may   have  values  of   +1   or  -\. 
(Section  6.7) 

spin-pairing  energy  The  energy  required  to 
pair  an  electron  with  another  electron  occupy- 

ing an  orbital.  (Section  24.6) 

spontaneous  process  A  process  that  is  capable 
of  proceeding  in  a  given  direction,  as  written  or 
described,  without  needing  to  be  driv  en  by  an 
outside  source  of  energy.  A  process  may  be 
spontaneous  even  though  it  is  very  slow. 
(Section  19.1) 

standard  atmospheric  pressure  Defined  as 
760  torror,  in  SI  units,  101.325  kPa.  (Section  10.2) 

standard  electrode  potential  See  standard  re- 
duction potential.  (Section  20.4) 

standard  emf,  also  called  the  standard  cell 

potential  (E°)  The  emf  of  a  cell  when  all 
reagents  are  at  standard  conditions. 
(Section  20.4) 

standard  enthalpy  change  (  AH°)  The  change 
in  enthalpy  in  a  process  when  all  reactants  and 
products  are  in  their  stable  forms  at  1  arm  pres- 

sure and  a  specified  temperature,  commonly 
25°C.  (Section  5.7) 

standard  enthalpy  of  formation  (AH,-)  The 
change  in  enthalpy  that  accompanies  the  forma- 

tion of  one  mole  of  a  substance  from  its  ele- 
ments, with  all  substances  in  their  standard 

states.  (Section  5.7) 
standard  free  energy  of  formation  (  AG,  )  The 
change  in  free  energy  associated  with  the  forma- 

tion of  a  substance  from  its  elements  under  stan- 
dard conditions.  (Section  14.5) 

standard   hydrogen  electrode    An  electrode 

based    on    the    half-reaction    2H+(1M)  + 
2e"   ►  H2O  atm).  The  standard  electrode 
potential  of  the  standard  hydrogen  electrode  is 
defined  as  0  V.  (Section  20.4) 

standard  molar  entropy  (S°)    The  entropy 
value  for  a  mole  of  a  substance  in  its  standard 
state.  (Section  19.4) 

standard  reduction  potential  (£,ca)  The  po- 
tential of  a  reduction  half-reaction  under  stan- 
dard conditions,  measured  relative  to  the 

standard  hydrogen  electrode.  A  standard  reduc- 
tion potential  is  also  called  a  standard  electrode 

potential.  (Section  20.4) 
standard  solution  A  solution  ot  known  con- 

centration. (Section  4.6) 

standard    temperature   and    pressure  (STP) 
Defined  as  0°C  and  1  atm  pressure;  frequently 
used  as  reference  conditions  for  a  gas. 
(Section  10.4) 
starch  The  general  name  given  to  a  group  of 
polysaccharides  that  acts  as  energy-storage  sub- 

stances in  plants.  (Section  25. 10) 
state  function  A  property  of  a  system  that  is 
determined  by  the  state  or  condition  of  the  sys- 

tem and  not  by  how  it  got  to  that  state;  its  value 
is  fixed  when  temperature,  pressure,  composi- 

tion, and  physical  form  are  specified;  /',  V,  T,  E, 
and  H  are  state  functions.  (Section  5.2) 
states  of  matter  The  three  forms  that  matter 
can  assume:  solid,  liquid,  and  gas.  (Section  1.2) 
stereoisomers  Compounds  possessing  the 
same  formula  and  bonding  arrangement  but 
differing  in  the  spatial  arrangements  of  the 
atoms.  (Section  24.4) 
stoichiometry    The  relationships  among  the 
quantities  of  reactants  and  products  involved  in 
chemical  reactions.  (Chapter  3:  Introduction) 
stratosphere    The  region  of  the  atmosphere  di- 

rectly above  the  troposphere.  (Section  18.1) 

strong  acid  \n  acid  that  ionizes  completelj  in 
water.  (Section  4.3) 

strong  base  A  base  that  ionizes  completely  in 
water.  (Section  4.3) 

strong  electrolyte  A  substance  (strong  acids, 
strong  bases,  and  most  salts)  that  is  completely 
ionized  in  solution.  (Section  4.1) 
structural  formula  A  formula  that  shows  not 

only  the  number  and  kinds  of  atoms  in  the  mol- 
ecule but  also  the  arrangement  (connections)  ot 

the  atoms.  (Section  2.6) 

structural  isomers  C  ompounds  possessing 
the  same  formula  but  differing  in  the  bonding 
arrangements  of  the  atoms.  (Sections  24.4  and 

25.3) 

subatomic  particles  Particles  such  as  protons 
neutrons,  and  electrons  that  are  smaller  than  an 
atom.  (Section  2.2) 
subshell  One  or  more  orbitals  \\  ith  the  same 
set  of  quantum  numbers  11  and  /.  Tor  example, 
we  speak  of  the  2/'  subshell  [n  =  2, /  =  1), 
which  is  composed  of  three  orbitals  (2px,2py, 

and  2pz),  (Section  6.5) 
substitution  reactions  Reactions  in  which  one 

atom  (or  group  of  atoms)  replaces  another  atom 
(or  group)  within  a  molecule;  substitution  reac- 

tions are  typical  for  alkanes  and  aromatic  hydro- carbons. (Section  25.4) 

substrate  A  substance  that  undergoes  a 
reaction  at  the  active  site  in  an  en/vme. 
(Section  14.7) 

superconducting  ceramic  A  complex  metal 
oxide  that  undergoes  a  transition  to  a  super- 

conducting state  at  a  low  temperature. 
(Section  12.1) 
superconducting  transition  temperature  (Tc) 

The  temperature  below  which  a  substance  ex- 
hibits superconductivity.  (Section  12. 1 ) 

superconductivity  The  "frictionless"  flow  of electrons  that  occurs  when  a  substance  loses  all 
resistance  to  the  flow  of  electrical  current. 
(Section  12.1) 
supercritical  mass  An  amount  of  fissionable 
material  larger  than  the  critical  mass. 
(Section  21.7) 

supersaturated  solutions  Solutions  contain- 
ing more  solute  than  an  equivalent  saturated  so- lution. (Section  13.2) 

surface  tension  the  intermolecular,  cohesive 
attraction  that  causes  a  liquid  to  minimize  its 
surface  area.  (Section  1 1 .3) 

surroundings  In  thermodynamics,  e\  erj  thin;; 
that  lies  outside  the  system  that  we  studv 
(Section  5. 1 ) 
system    In  thermodynamics,  the  portion  ol  tin 
universe  that  we  single  out  for  study  We  musl 
be  careful  to  state  exactly  what  the  system  coi 
tains  and  what  transfers  of  energy  it  mav  have 
with  its  surroundings.  (Section  5. 1 ) 
termolecular  reaction    An  elem  nta 

that  involves  three  molecules  lermolecular  re- 
actions are  rare.  (Section  14. f-" 

tertiary  structure    1 1 u ■  overall  shape  ol  a  large 

protein,  specifically,  the  manner  in  w  hich  se<  - 
tions  of  the  protein  told  back  upon  themselves 
or  intertwine.  (Section  2^  L>) 
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theoretical  yield  The  quantity  of  product  that 
is  calculated  to  form  when  all  of  the  limiting 
reagent  reacts.  (Section  3.7) 

theory  A  tested  model  or  explanation  that  sat- 
isfactorily accounts  for  a  certain  set  of  phenome- 

na. (Section  1.3) 
thermochemistry  The  relationship  between 
chemical  reactions  and  energy  changes. 
(Chapter  5:  Introduction) 
thermodynamics  The  study  of  energy  and  its 
transformation.  (Chapter  5:  Introduction) 
thermonuclear  reaction  Another  name  lor  fu- 
sion  reactions;  reactions  in  which  two  light  nu- 

clei are  joined  to  form  a  more  massive  one. 
(Section  21.8) 

thermoplastic  A  polymeric  material  that  can 
be  readily  reshaped  by  application  of  heat  and 
pressure.  (Section  12.2) 
thermosetting  plastic  A  plastic  that,  once 
formed  in  a  particular  mold,  is  not  readily  re- 

shaped by  application  of  heat  and  pressure. 
(Section  12.2) 

third  law  of  thermodynamics  A  law  stating 
that  the  entropy  of  a  pure,  crystalline  solid  at  ab- 

solute zero  temperature  is  zero:  S(0  K)  =  0. 
(Section  19.3) 

titration  The  process  of  reacting  a  solution  of 
unknown  concentration  with  one  of  known  con- 

centration (a  standard  solution).  (Section  4.6) 
titration  curve  A  graph  of  pH  as  a  function  of 
added  titrant.  (Section  17.3) 

torr  A  unit  of  pressure  (1  torr  =  1  mm  Hg). 
(Section  10.2) 
transistor    An  electrical  device  that  forms  the 
heart  of  an  integrated  circuit.  (Section  12.4) 
transition     elements     (transition  metals) 

Elements  in  which  the  d  orbitals  are  partially  oc- 
cupied. (Section  6.8) 

transition  state  (activated  complex)  The  par- 
ticular arrangement  of  reactant  and  product 

molecules  at  the  point  of  maximum  energy  in  the 
rate-determining  step  of  a  reaction.  (Section  14.5) 
translational  motion  Movement  in  which  an 
entire  molecule  moves  in  a  definite  direction. 
(Section  19.3) 
transuranium  elements  Elements  that  follow 
uranium  in  the  periodic  table.  (Section  21.3) 

triple  bond    A  covalent  bond  involving  three 
electron  pairs.  (Section  8.3) 

triple  point    The  temperature  at  which  solid, 
liquid,  and  gas  phases  coexist  in  equilibrium. 
(Section  11.6) 

tritium  The  isotope  of  hydrogen  whose  nucle- 
us contains  a  proton  and  two  neutrons. 

(Section  22.2) 

troposphere  The  region  of  Earth's  atmosphere 
extending  from  the  surface  to  about  12  km  alti- 

tude. (Section  18.1) 

Tyndall  effect  I  he  scattering  of  a  beam  of  vis- 
ible light  by  the  particles  in  a  colloidal  disper- 
sion. (Section  13.(->) 

uncertainty  principle  A  principle  stating  there 
is  an  inherent  uncertainty  in  the  precision  with 
which  we  can  simultaneously  specify  the  posi- 

tion and  momentum  of  a  particle.  This  uncer- 
tainty is  significant  only  for  extremely  small 

particles,  such  as  electrons.  (Section  6.4) 

unimolecular  reaction  An  elementary  reac- 
tion that  involves  a  single  molecule. 

(Section  14.6) 

unit  cell  The  smallest  portion  of  a  crystal  that 
reproduces  the  structure  of  the  entire  crystal 
when  repeated  in  different  directions  in  space.  It 
is  the  repeating  unit  or  building  block  of  the 
crystal  lattice.  (Section  11.7) 
unsaturated  solutions  Solutions  containing 
less  solute  than  a  saturated  solution. 
(Section  13.2) 

valence  band  A  band  of  closelv  spaced  molec- 
ular orbitals  that  is  essentially  fully  occupied  by 

electrons.  (Section  12.1) 

valence-bond  theory  A  model  of  chemical 
bonding  in  which  an  electron-pair  bond  is 
formed  between  two  atoms  by  the  overlap  of  or- 

bitals on  the  two  atoms.  (Section  9.4) 
valence  electrons  The  outermost  electrons  of 
an  atom;  those  that  occupy  orbitals  not  occupied 
in  the  nearest  noble-gas  element  of  lower  atomic 
number.  The  valence  electrons  are  the  ones  the 
atom  uses  in  bonding.  (Section  6.8) 
valence  orbitals  Orbitals  that  contain  the 

outer-shell  electrons  of  an  atom.  (Chapter  7:  In- troduction) 

valence-shell  elei  tmn-pair  repulsion  I  \  SI  I'Kl 
model  A  model  that  accounts  for  the  geomet- 

ric arrangements  of  shared  and  unshared  elec- 
tron pairs  around  a  central  atom  in  terms  of  the 

repulsions  between  electron  pairs.  (Section  9.2) 
van  der  Waals  equation  An  equation  ol 
for  nonideal  gases  that  is  based  on  adding  cor- 

rections to  the  ideal-gas  equation.  The  correction 
terms  account  for  intermolecular  forces  of  at- 

traction and  for  the  volumes  occupied  by  the 
gas  molecules  themselves.  (Section  10.9) 

vapor  Gaseous  state  of  any  substance  that  nor- 
mally exists  as  a  liquid  or  solid.  (Section  10.1) 

vapor  pressure  The  pressure  exerted  by  a 
vapor  in  equilibrium  with  its  liquid  or  solid 
phase.  (Section  11.5) 
vibrational  motion  Movement  of  the  atoms 

within  a  molecule  in  which  they  move  periodi- 
cally toward  and  away  from  one  another. 

(Section  19.3) 

viscosity  A  measure  of  the  resistance  of  fluids 
to  flow.  (Section  11.3) 

volatile  Tending  to  evaporate  readilv. 
(Section  11.5) 
voltaic  (galvanic)  cell  A  device  in  which  a 
spontaneous  oxidation-reduction  reaction  oc- 

curs with  the  passage  of  electrons  through  an 
external  circuit.  (Section  20.3) 

vulcanization  The  process  of  cross-linking 
polymer  chains  in  rubber.  (Section  12.2) 
watt  A  unit  of  power;  1  W  =  1  J/s.  (Section  20.9) 
wave  function  A  mathematical  description  of 
an  allowed  energy  state  (an  orbital)  for  an  elec- 

tron in  the  quantum  mechanical  model  of  the 
atom;  it  is  usually  symbolized  by  the  Greek  let- 

ter ip.  (Section  6.5) 

wavelength    The  distance  between  identical 
points  on  successive  waves.  (Section  6.1) 
weak  acid    An  acid  that  only  partly  ionizes  in 
water.  (Section  4.3) 

weak  base  A  base  that  only  partly  ionizes  in 
water.  (Section  4.3) 

weak  electrolyte    A  substance  that  only  partly 
ionizes  in  solution.  (Section  4.1) 

work    The  movement  of  an  object  against  some 
force.  (Section  5.1) 
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\cet\  lacetone  ion,  101S 
Acetylene,  841,  1066.  I()h7,  11177 

molecular  geometry  of,  369 
production  of,  436 

Acetylide  ion,  976 
Acetylsalicylic  acid  (aspirin),  2,  392, 

715,  766,  111S7,  1088 
Acid(s),  131,670 

idipii  ,  4"7 
conjugate,  (i72-73 
defined,  65,  1 31 
diprotic,  131,682 
ionic  properties  ot,  124 
monoprotic,  131,  682-83 
names  and  formulas  ot,  65-66 
oxidation  of  metals  by,  1411-42 
periodic,  "52 
properties  of,  1  34 
as  proton  donors.  Ill 
reactions  of  See  also  Acid-base 

reactions 

with  magnesium,  140-41 
with  magnesium  hydroxide, 

135 
strong,  131-32,  674,  682-83,  729-30 

m  buttered  solutions,  72"-i-^0 
titrating,  152-53 
weak,  131-32,  674,  684-93 

acid-dissociation  constant  i  k  i 
from,  687-91 

common-ion  effect  on,  722-23 
percent  ionization  of,  688-4(1 
polyprotic  acids,  691-93,  73" 

Acid-base  equilibria,  669-719,  See  also 
Aqueous  equilibria 

acid-dissociation  constant  (  k  ,) 
and  base-dissociation  ( ki.) 

constant  relationship, 

696-99 
Arrhentus  definitions,  670,  b72 
autoioni/ation  of  w  ater,  676—78 
Bronsted-I  owr\  acids  and  bases, 

670  -76 
conjugate  acid-base  pan  s, 

672-74,  696-97 
II   ions  in  water  and,  670  71 

proton-transfer  rea<  tii  ins, 
r>71-72.  (174-75,  685,  702-1, 940 

relative  strengths  ot,  (->74-7h 
i  hemic  al  structure  and,  702-6 

binary  acids,  703 
carboxylic  acids,  705-6 
factors  affecting  a<  id  strength, 

702-3 
oxyacids,  704-5 

ion  product,  676-78 
I  ewis  acids  and  bases,  706-10 

elec  tron-pair  acceptor/donor 

concept,  706-7 
metal  ions  and,  70S  10,  74S- s  I 

inorganic  substances.  1066 
pi )  scale,  678-81 

measuring,  68 1  -82 
oilier  "p"  scales,  681 

ol  sail  solutions,  699-702 
anion  reaction  with  water, 

699-  700 
cation  reai  Hon  with  \\  aler,  700 
combined  cation-anion  effe<  t. 

700-  71  )2 

strong  acids  and  bases.  h74.  682-84 
in  buffered  solutions,  729-30 

weak  a<  ids  and  bases,  d74,  (1X4-4(1 
acid-dissociation  constant  1 1 , 1 

from,  687-91 
common-ion  effect  on,  722-21 
percent  ionization  ot.  688—90 
polj  protic  acids.  691-93,  739 
t\  pes  ot,  695-96 

V  id-base  indicators,  1 53,  nsi-s2 
\cid-base  reactions,  120,  128,  131-37 

See  also  Acid-base 

equilibria 
electrolytes,  1 13-34 
w  ith  gas  formation,  136-37 
neutralization  reactions  and  salts, 

I  34-36,  1 17 
Acid-base  titrations.  732-39 

ot  polyprotic  acids.  71" 
strong,  732-35 
w  eak,  735-39 

Acid-dissociation  constant  I  k 

685-91 base-dissociation  constant  ( K/,) 

and, 696-99 calculating  from  pi  I,  685  87 
calculating  pi  I  from,  687-91 
tor  hydrolysis  reactions,  708-9 
lor  poh  protic  acids,  69 1  -"2 

Acidic  anhydrides  (acidic  oxides),  955 
V  id  inhibitors,  i  37 
Acidosis.  731 

Acid  ram,  77s  81 
Ac  id  N.ilts,  698 
Actinides,  election  configurations  ol, 24  5 

Actu  ated  complex  (transition  state), 

596 Activ  ation,  entropv  ol.  843 
Ac  ti\  ation  energy,  595-%,  sol 

catalysis  and,  609,  dsn 
determining,  547-99 

V  live  metals,  142 
Active  site,  611, 612 
Active  transport,  556 
\>  In  it\,  913 
Actual  \  ield,  107 
Addition,  significant  figures  and.  24 
Addition  poh  mer,  496 
Addition  polymerization,  495—46,84.3, 

I07S Addition  reac  tions 

ot  alkenes  and  alk\  nes,  1077-80 
mechanism  ot,  1 1 179  si  i 

Adenine,  1 103,  1 104,  1 105 
.Adenosine  "71 
Adenosine  diphosphate  (Al  >P),  833, 

nil 

Adenosine  triphosphate  I  Al  I').  833, 
843,  smh,  971,  1114  15 

Adhesive  tones,  454 

Adipic  at  id,  497 
Adrenaline,  In1' Adsorption,  559,  609 
Aerobic  bac  teria,  788 

Air,  400 i c imbustK hi  ill,  S7-SS 
composition  near  sea  level,  771 

Air  bag,  automobile,  86 

Al:0-,  489 Manine,  707,  1094,  1095,  1096 
R-Albuterol,  1092 
\k  ohol(s),  68,  537 

condensation  reactions  with,  loss 
.1-.  tunc  tional  group,  I0S2-X1 
oxidation  ot.  10S7 
solubilities  in  water  and  hexane, 

Aldehydes,  1086 
AIia u  m  \ ellow  K,  dS2 
Alkali  metal  ions,  717 
\lkah  metals,  17,  24n 

charges  ot,  27s 
group  trends  lor,  2S1-S4 ionic  compounds  of,  127 
it  inic  hydrides  from,  "44 

ionic  hydroxides  ot,  nsi-s4 oxidation  number  ot,  139 
.in  reduc  ing  agent,  867 

Alkaline  batteries,  879 
Alkaline  earth  metals,  17,  24n 

group  trends  for,  281,  285-86 

ionic  hvdrides  from,  "44 
ionic  hydroxides  of,  683,  nS4 
oxidation  number  ot,  139 
as  reducing  agent.  867 

, is,  731 
Alkanes.  67,  1066,  IO(i7-74.  1084 

cycloalkanes,  1072-71 dern  ativ  e-  ot.  68 

nomenc  lature  of,  1070-72 
reactions  of,  1073-74 
structural  isomers  of,  1069-70 
Stru<  tine  of,  1068  69 

Alkenes,  1066,  I071-7n,  1077-7" Alkoxides.  503 
\lk\  I  group,  1071,  10S2 
Alk\  nes,  1066,  1077-79 

Ulene,  >"l Mlotropes.  287 
Mlovs,  993,  ""1.  1006  10 

defined,  1006 
heterogeneous.  1007.  I00S 

intermetallic  compounds,  lOOS-10 interstitial,  1007 

shape-memory,  1009 solution,  1007 
steels,  1008 

substitutional,  1007 
.,-1  Mix,  1097-98 

Alpha  in )  partic  les,  41.  42.  "i>2,  "01. 

"04 

\lpha  (-.1  radiation,  41,  "02,  "01.  "04. "On,  "21,  "28 

Alumina,  properties  ot.  4"l 
Alummates  4"l .Aluminum  (  \l),  481 

clectrometallurg\  ot,  1001 
electron  configuration  of.  24n 
elei  tronk  properties  ot.  48" 
h\  drometallurgy  ot,  1 000 
Lewis  symbol  tor,  101 
oxidation  number  of,  1 1" 
oxidation  ot,  S,s| 

properties  ol.  4"! purification  of  ore,  753 
reaction  with  bromine,  279-80 

Spec  ilk  heal  ot,  184 Aluminum  sulfate,  789 
Americium-24 1 ,  62(1 \meth\  si,  465 

Amides,  1090  "I 
Amine  hydrochlorides,  698 
Amines,  133,695,698,  1066,  1090-91 

Ammo  ac  ids,  101,  |0"4-"1 
amphiprotic  heh.n  ior  ol,  707 
side  i  ham  ol.  In  I 
strut  lure  ol,  707 

Ammeter,  898 

Ammonia,  1 11.  693,  463 

formali*  m  ol  I  on 

1-1 
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Ammonia  (conl.) 

I  label  (I  laber-Bosch)  proi  ess  for 
synthesizing,  632,  633, 
(■,43-44,  649,  963 

catalysis  in,  656-57 
free  energy  changes  in,  823 
temperature  effects  on,  644 
volume  and  pressure  effects 

on,  651-53 
molecular  geometry  ot,  151), 

352-53 
oxidation  ot,  462 
properties  of,  644  « 
reactions  ot 

with  boron  trifluoride,  327 
with  H  ,  706 
with  hydrogen  chloride,  438 
with  hypochlorite  ion,  963-64 

Ammonium  chloride,  438 
Ammonium  ion,  127,  757 

reaction  with  nitrite  ions  in  water, 
582-83 

Ammonium  nitrate,  532,  842 
Ammonium  perchlorate,  452,  487 
Ammonium  thiocyanate,  175 
Amorphous  solid,  464-66 
Amphetamine,  698 
Amphetamine  hydrochloride,  648 
Amphiprotic  substances,  672 
Amphiprotism  in  amino  acids,  707 
.Amphoteric  substances,  457 
Amphoterism 

solubility  and,  743,  751-53 
Amplitude,  218 
Amu  (atomic  mass  unit),  43,  47 
Anaerobic  bacteria,  784,  788 
Anemia 

1  r(  in-deficiency,  1036 
sickle-cell,  561 

Angina  pectoris,  966 
Angstrom  (A),  44 
Aniline  (phenylamine),  1090 
Anion(s),  55,  58,  857 

borane,  981 
carboxylate,  706 
chemical  formulas  and,  125 
names  and  formulas  of,  61-64,  65 
reaction  with  water,  644-700 
sizes  1  if,  264 

Anode,  855,  856 
sacrificial,  882 

Antacids,  I  37 
Anthracene,  1081 
Antibonding  molecular  orbital,  373, 374 

Antiknock  agents,  1074 
Aortic  \  ah  e,  repair  or  replacement  of, 306 

Aqua  regia,  145 
Aqueous  equilibria,  721-67 

acid-base  titrations,  732-39 
ol  polyproti(  acids,  734 
strong,  732-35 
weak,  735-34 

buttered  solutions,  725-31 
blood  as,  731 

buffer  capacity  and  pH,  728-29 
composition  ami  a<  Hon  ol, 

725-26 

strong  acids  or  bases  in, 

724-30 
common-ion  effect,  722-25 

solubility  and,  743-53 
precipitation  and  separation  ol 

ions,  754-56 
in  qualitative  analysis  for  metal  I ii 

elements,  756-54 
solubility  equilibria,  739-  43 

solubility-product  constant 

{Kip),  740-43,  754 Aqueous  reactions,  120-44,  866  Si 
also  Solution  stok  hiometry 

acid-base  reactions,  120,  128,  131-37 
electrolytes,  133-34 
with  gas  formation,  I  36-37 
neutralization  reactions  and 

salts,  134-36,  137 
ot  10ns.  754-56 
molarity,  544-46,  547 
oxidation-reduction,  120,  137—14 

activ  ity  series  and,  142-44 
defined,  I  37 
molecular  and  net  ionic 

equations  for,  141—12 
oxidation  numbers  (oxidation 

states),  134-40 
oxidation  of  metals  by  acids 

and  salts,  140-42 
precipitation,  120,  126-30,  137 

exchange  (metathesis) 

reactions,  128-24 
ionic  equations,  124-30 
solubility  guidelines  tor  ionic 

compounds,  126-28 
selective,  754-56 

Aqueous  solution(s),  721 .  Sec  i7/se 
Acid-base  equilibria 

defined,  121 

electrolysis  of,  883-84 
electrolytic  properties  of,  122,  123 
equilibrium-constant  expression 

for,  676-77 
ionic  compounds  in  water,  122-24 
molecular  compounds  in  water, 

124 
strong  and  weak  electrolytes, 

124-25 

Arginine,  1045 
Argon  (Ar),  244,446 

critical  temperature  and  pressure 
of,  458 

electron  affinity  of,  276 
Lewis  symbol  for,  303 

properties  of,  284 Aristotle,  3S 
"Armchair"  nanotube,  517 
Aromatic  hydrocarbons,  1066,  1081-82 
Aromatic  molecules,  324-25 
Aromatic  stabilization,  1082 
Array  detector,  471 
Arrhenius,  Svante,  595,  670 
Arrhenius  acids  and  bases,  670,  672 
Arrhenius  equation,  596-97 
Arsenic  in  drinking  water,  972 
Artificial  tissue,  507 
Asbestos,  474 
Ascorbic  acid  (vitamin  C),  664,  692, 

1 1 166 
ac  id-dissociation  constant  of,  642 

Asparagine,  1095 
Aspartame,  113,  1046 
Aspartic  acid,  1045 Aspirin  (acetylsalicylic  acid),  2,  392, 

715,  766,  10K7,  10KH 
Astatine,  273,  28N 

isotopes  of,  447 
-ate  suffix,  62,  63,  64,  66 

Atmosphere,  770-78 
composition  of,  771-72 
methyl  bromide  in,  542 

outer  regions  of,  772-74 
ozone  in  upper,  774-78 

depletion  ol,  592,  776-77,  455 
regions  of,  770 
temperature  of,  770 

troposphere,  770,  778-85 carbon  monoxide,  780-81 
nitrogen  oxides  and 

photochemical  smog, 
781-82 

sulfur  compounds  and  acid 

rain,  778-80 water  vapor,  carbon  dioxide, 
and  climate,  783-85 

Atmosphere  (atm),  402 

Atmospheric  pressure,  174,  401—4,  770 
standard,  402 

Atmospheric  residence  time,  542 
Atom(s),  2,  37 

calculating  number  of,  45-96 
conservation  of  mass  and,  8 
Dalton's  definition  of,  38 

donor,  MHO of  element,  5 
in  elemental  form,  139 
elements  and,  38 
estimating  numbers  of,  91 

nuclear,  41—42 Atomic  bomb,  421 
Atomic  masses,  47.  See  also 

Stoichiometrv 
Atomic  mass  scale,  47 
Atomic  mass  unit  (amu),  43,  47 
Atomic  number.  43-46,  263,  902 

first  ionization  energv  vs.,  272 

Atomic  orbitals,  231-38 
crystal-field  theory  and,  1045—17 

if,  237-38 

f,  237-38 

p,  237 

phases  in,  378-79 quantum  numbers  and,  232-34, 
238 

representations  of,  234-38 

s,  234-37 Atomic  perspective,  2-3 
.Atomic  radius/radii,  266-70 

bonding  (covalent  radius),  266 
bond  lengths  and,  266-67 
nonbonding  (van  der  Waals 

radius),  266 

periodic  trends  in,  267-68 Atomic  size,  octet  rule  conformation 
and, 327 

Atomic  structure.  See  also  Electronic 
structure 

discov  ery  of,  39—13 
cathode  rays  and  electrons, 

34-4 1 

nuclear  atom,  4 1-42 radioactivity,  41 

modern  view  of,  43-46 
"plum-pudding"  model  of,  42 

Atomic  theory  of  matter,  38-39,  49 
Atomic  weights,  46-48,  88-89 Atomization,  329 
Atomos,  38 

ATP,  833,  843, 89K,  971 Aurora  borealis,  771 

Autoionization  of  water,  676-78 

ion  product,  676-78 Automobiles.  See  Cars 
Autotrophs,  818 

A\  erage  atomic  masses,  47 
Av  erage  kinetic  energy,  444 

Avogadro,  Amedeo,  41 ,  407 
Avogadro's  hypothesis,  407 
Avogadro's  law,  407-8, 411 

Avogadro's  number,  90-96 Axial  electron  domains,  355 

Azide  ion,  .394 
Azimuthal  quantum  number  (/),  232, 

233 
Azobenzene,  395 
Azodyes,  395 
pflra-Azoxyanisole,  527 

Background  radiation,  927 
Bacteria 

aerobic,  788 
anaerobic,  784,  788 
iron  metabolism  in,  1036 

Badge  dosimeter,  91 5 
Baeyer-Villiger  reaction,  799 
Baking  soda,  975 
Balanced  equations,  80 
Ball-and-stick  model,  54,  346 
Balloons 

hot-air,  406 

lighter-than-air,  407 
weather,  405 

"Ballpark"  estimate,  26 

Balmer,  Johann,  225 
Band  gap,  489,  516 
Bands  of  energy  states,  488,  489 
Bar,  402 
Bardeen,  John,  493 Barium  (Ba) 

electron  configuration  of,  245,  246 

properties  of,  285 Barium  chloride  dihydrate,  534 
Barium  hydroxide  octahydrate,  175 
Barium  oxide,  456 

Barometer,  401—1 
Bartlett,  Neil,  289,  946 

Base(s),  131,  670.  See  also  Acid-base reactions 

amphoteric,  752-53 
con)ugate,  672-73,  703 defined,  131 

nitrogen,  1103-4 
properties  of,  1 34 strong,  131-32,  683-84,  729-30 

in  buffered  solutions,  729-30 
weak,  131-32,  693-96,  724 

common-ion  effect  on,  724 

types  of,  695-96 
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Base-dissoc  i<iii<in  constant  ( K|,), 
693-94 

acid-dissociation  constant  (K,,) 
and,  696-99 

Base  units,  SI,  14 
I!, i  ,ic  anh\  dm  Irs  (h.isii  n\idi's),  «»5i> 
Basic  solution,  balam  mg  oxidation- 

redui  Hon  reactions  in, 
854-55 

Batteries,  176,  877-81 
alkaline,  874 
fuel  cells,  8811-81 
lead-acid,  878 
nickel-cadmium,  ni<  kel-metal- 

hydride,  and  lithium-ion, 
874-80 

primary  and  se(  ondary,  878 

Battery  acid,  "i-l Bauxite,  753,  1000 
Bayer  process,  1000 
BCS  theory,  493 
Becquerel,  Henri,  41, 915 
Becquerel  (Bq),  913 
Bednorz,  |.G.,  4^*2 
Beer 's  law,  58 1 
Bel  2,  361-63 
Bellamy,  Hillary,  149 
Belt  of  stability.  906 

"Bends,  the"  (decompression 
sickness),  542 

Bent  geometry,  347,  35] 
Ben/a  nude  (phenylmethanamide), 

1091 
Benzene,  73,  544,  1066,  1067,  1(18] 

boiling  point  of,  472 
bonding  in,  370-71 
bromination  of,  1082 
hydrogenation  of,  1082 
isomers  of,  1 1  IS  I 
melting  point  of,  472 
molal  boiling-point-elevation  and 

freezing-point-depressii  in 
constants  of,  551 

resonance  in,  324-25 
Benzoic  acul  (phenyl  methanol  acid), 

706,  KI87 
properties  ot,  685 

Bernoulli,  Daniel,  422 
Berthelot,  Marcellin,  806,  837 
Beryllia,  44 1 
Beryllium  (Be) 

effective  nuclear  charge  of,  265 
electron  affinity  of,  276 
electron  configuration  ot,  242,  246 
I  ewis  sy  mbol  for,  503 
molecular  orbitals  for,  376-77 
properties  of,  285,  441 

Ber/elius,  Ions  lakob,  445 
Beta  particles,  41, 903-4 
Beta  l/j)  radiation,  41,903-4,  906,  425, 

428 

BF3,  363 
Bicarbonate  ion,  63,  731 
Bicarbonates,  136-37 
Bidentate  ligands,  1031 
Bile,  560 
Bimolecular  reaction,  600,  602 
Binary  acids,  703 
Binary  molecular  compounds,  names 

and  formulas  of,  66-67 

Biochemistry,  1064,  1043-1  107 
i  arboh  yd  rates,  196,  1099-1102 

d is,n  (  harides,  I  in  1 
monosaccharides,  1101,  1114 

polysaccharides,  1 101-3 
entropy  and,  1093 
lonu  radii  ami,  270 

nu<  leu  acids,  1 103-7 
proteins  Sec  Protein(S) 

Bun  ompatibility,  504 
Biodegradable  material,  788 
Biological  chemistry  Sec  Bio<  hemistrv 
Biological  effe<  tsof  radiation,  425-24 

dosage  and,  426-27 
radon,  427-24 
therapeutit .  428 

Biological  systems,  phosphorus 
compounds  in,  471  See  also 
Biochemistry;  I  iving 
s\  stem 

Biomass  energy,  200 
Biomaterials,  504-7 

applications  ot,  505-7 i  li, inn  teristi(  s  ot,  504  5 

Biopolymers,  505,  1093-94 
Bioremediation,  801 
Bipolar  affective  disorder  (manii 

depressive  illness),  281 
Bisphenol  A,  742 
Bisulfate  ion,  63 
Bisulfates  (hydrogen  sulfates),  961 
Blsultites,  41,0 
Bla<  k-bod\  radiation,  220-21 
HI, ist  furnace,  447 
BIcm  id 

as  buttered  solutions,  725,  751 
pi  I  range  of,  679 

Blood  i  lots,  5oi, 
Blood  gases,  deep-sea  diving  and,  542 
Blood  pressure,  404 
Blood  sugar  See  i  llucose 
blue  \  itriol,  1016 
Body-centered  cubic  unit  cell,  466,  467 
Bod)  temperature,  196 
Bohr,  Niels,  224,  225-27,  230 
Bohr  model,  225-26,  232 

energy  states  of  hydrogen  atom, 
226-28 

limitations  ot,  228 

Boiling  point(s),  443 — 16 
dipole  moment  and,  446-47 
of  group  4A  and  group  6A 

hydrides,  444 
of  halogens  and  noble  gases,  448 
normal,  461 

vapor  pressure  and,  46  1 
Boiling-point  elevation,  550-51 
Boltzmann,  I  udwig,  811,  812-13 
Boll/ma  nil's  constant,  8 1 3 
Bolt/ma nn's  equation,  812-13,  814 
Bomb  (constant-volume)  calorimetry, 

1 86-87 
Bond(s)  and  bonding,  266,  301-43,  See 

also  Molecular  orbitals 
(MO) 

carbon-carbon,  477,  478 
in  ceramics,  503 
core  elections  and,  376—77 
covalent,  301,  302,  309-12,  470 

bond  enthalpies  and  strength 

of,  328-36 intermolei  ular  tones  ys  ,  445 
OCtel  rule  exceptions.  325-28 
orbital  o\  ei  lap  and,  360-61 
polar  \  s  nonpolar,  5  1 2 

dipole  moments.  314-16 
double,  311,  ',1,7-1,8,  1065,  1075 

conjugated.  385-86.  1055 
length  ot,  533-34 
rotation  about.  1 1 176 

m  di  mble  bonds,  367  68 
electronegativity  ami,  312  14 
ioni< ,  301,  102  ,  303-9,  in 

electron  configurations  ot  ions 
and,  306  7 

energetics  ill  formation,  305-6 

polyatomic  ions.  504 transition-metal  ions,  307 
I  ew  is  strut  tines,  310-11,  346 

formal  charge,  320-22 
I  eu  is  s\  mbols,  302-3,  310 
metallic,  302,  470,  1004-6 

rlei  tron-sea  model  tor,  1004-5 
molecular-orbital  model  lor 

(band  theory  I,  1005  o 
metal-ligand,  1028 multiple 

bond  angles  and,  552-53 
electron  domains  lor,  553 
mole<  ular  geometry  ami. 

367-73 

in imenclature  ot.  317 
ih  let  rule,  103 

peptide,  1096-97 pi  (-),  367-73,  385-86,  4(8,  939 
in  chemistry  ot  \  ision,  372 

conjugated,  385 
delocalized,  370-71 
length  ot,  333-34 strength  ot,  361 

polarity,  112-15 resonant  e  strtu  tuies,  322-25.  370 

in  benzene,  324-25 
in  nitrate  ion,  323-24 
in  i i/i ine,  122-23 

sigma  Or),  3h7-68,  373 
single,  HI,  1065 

length  ot,  333-34 rotations  about,  1069 
in  solkls.  470  75 
in  transition-metal  complexes.  Set' 

(  rystal-field  theory 

triple,  ill,  1065 
hybrid  orbitals  and,  569 

length  ot,  333.  34 
in  triple  bonds,  3|>8,  364 
valen<  e  ele<  trons  and,  3o2 

Bond  angles,  546 
eltei  i  ot  nonbonding  cle<  trons  and 

multiple  bonds  on,  352  51 
ideal,  350 

Bond  dipole,  158 
Hon, I  enthalpies,  324- 3h 

bond  length  and,  333  34 ol  -  bonds,  938 

electron  configurations  and,  582 
enthalpies  ot  reactions  and,  330-33 

Bonding  a  torn  ii  radius  (covalenl 
radius),  2(i6 

Bonding  electrons,  374 
Bonding  molecular  orbital.  575-74 
Bonding  pair.  348 
bond  length(s),  511-12 atomic  radii  and,  2n6  67 

bond  enthalpies  and.  333-34 
electron  configurations  and.  582 
in  tern  uc  lea  r  distant  e  and.  5h  I 

Bond  order,  575,  1065 
Bond  strength,  1065 

acid  strength  and,  705 

Borane  anions,  48 1 

Boranes,  l|8l 

Borax,  l|82 
Bom  oxide.  481-82 
Born,  Max,  108 
Born  I  laber  cycle,  308 
Boron  (B).  981-83 

elet  in, n  ,  onfiguration  tit,  242—43, 

24h 
Lewis  s\  mbol  tor,  501 

Boron  nitride,  "l|l Boron  trifluoride,  326 

Bosch,  kail.  633 
Boyle.  Robert.  404  5 
Boy  le's  law,  404-6,  408.  410,  422 
Bragg,  William  ami  I  awrence,  471 
Brant  lied -chain  hydrocarbons, 

1064-70 Bromcresol  green.  7c4 
Bromide  ion.  607-8 
Bromine  (Br),  288.  302,  947,  949,  950 

isotopes  ot,  75 

properties  ol,  288 reac  tions  ot 
u  iih  aluminum,  274-80 
\\  ith  lllll  li  oxide.  605,  620 

2-Bromopentane,  1091 
Bromtln  mol  blue.  I  14,  n82 
Bronsted,  lohannes,  670 
Bronstetl  I  ov\  ry  at  ids  .nitl  b.ises, 

670-76 

i  onjugate  at  id-base  pairs,  672-74, 
696-97 

1 1    ions  iii  water  and,  670-71 

proton-transfer  reactions,  671-72, 674-75,  (,85,  440 

relatit  e  strengths  ot,  674-76 

Bronze,  75 Buckminster  I  uller,  K  ,  474 
Bin  kminsterfullerene  (buckyball),  474, 

ti » 

Hin  t  hlcr,  William  |  .  1009 

Buffered  solutions,  725  1] 

blood  as,  751 
buffer  capa<  ii\  ami  pi  I,  728-24 
composition  and  at  tion  ot,  725-26 
strong  at  ids  oi  bases  in,  724-30 

burets,  17 

Burfoot,  \mby,  I  l'» Butadiene,  585,  394 
Butane,  199,  484,  10(>7,  1068,  1069,  1070 

combustion  of,  101  2 
2-Butanone  (methyl  ethy  I  ketone), 

1 1 186 

Butene,  545,  1075 But\  latcd  hydroxy  toluene,  570 

Buty  1 1  hloridc,  574 
2-Butyne,  1078 
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Cadaverine,  698 
Cade,  John,  284 
Cadmium  ion,  biological  chemistry  of, 

270 
Cadmium  phosphide,  516 
Cadmium  sulfide  (CdS),  489,  516 
CaF:,  744-46 
Caffeine,  568 
Calcination,  996 
Calcite,  743,  975 
Calcium  (Ca) 

electron  configuration  of,  244,  246 
oxidation  of,  1 38 
properties  of,  285 
reactions  with  water,  2X5 

Calcium  carbide,  476 
reaction  with  water,  436 

Calcium  carbonate  (limestone).  790, 
997-98 

decomposition  ot,  86,  642 
dissolution  of,  747 
precipitation  ot,  74(1 
reaction  with  hydrochloric  acid, 

440 
specific  heat  of,  184 
sulfur  dioxide  removal  with,  7X0 

Calcium  chloride,  532 

Calcium  hydride,  436,  444-45 
Calcium  ions,  59,  1 38 
Calcium  oxide  (lime  or  quicklime),  476 
Calcium  phosphate,  468 

amorphous,  18 
Calculations 

involving  many  variables,  41 1 
significant  figures  in,  23-25 

Calculators,  26 
Calorie  (Cal),  170 
calorie  (cal),  170 
La  Ion  meter,  182 

Calorimetry,  182-87 
bomb  (constant-volume),  1X6-87 
constant-pressure,  184—86 
heat  capacit)  and  specific  heat, 

182-84 
Cancer 

lung,  927,  428 
from  radiation,  426 
treatment  with  nuclear  chemistry, 

901,  909-10,  c»28 
Capillary  action,  434 
Caproic  acid,  717 
Carbides,  491,976-77 
c  arbohydrates,  196,  1099-1102 

disaccharides,  I  Mil 
monosaccharides,  1101,  1114 

polysaccharides,  1 101-3 
Carbon-14,  911-12 
I  arbon-14  tracers,  916 
(.  arbonated  beverages,  341,  342 
(  arbonate  ion,  1 36,  644 
Carbonates,  I  !6  $7,975-76,996 
c  arbon  black,  473 
(  arbon  (C),  472-77.  Sec  also  Carbon 

dioxide,  C  arbon  monoxide 

allotropes  of,  938  39,  472-73 
rlei  tron  configuration  ot,  243 
forms  of,  839 
geometries  around,  1064 
inorganic  1 1 impounds  of,  477 
isotopes  of,  46 

I  ,ewis  symbol  for,  303 
in  living  organisms,  59 
in  nanotechnology,  18—19 
organic  compounds  of  Sir 

Organic  chemistr) 

other  group  4A  elements  v  s,,  477 
oxides  of,  973-75 

C  arbon-carbon  bonds,  977,  478 
(  arbon  dioxide,  2,  414,  473,  974-75 

absorption  by  ocean,  786 
atmospheric,  778 
bonding  in,  311,  358 
critical  temperature  and  pressure 

of,  458 
greenhouse  effect  and,  103 
molecular  shape  of,  350-51 
phase  diagram  of,  463—64 
reaction  with  water,  270,  280 
specific  heat  of,  1X4 
supercritical,  454  74 1 
in  troposphere,  783-85 

Carbon  disulfide,  570,  844,  477 

Carbon  fibers  and  composites,  *-i 74 
Carbonic  acid,  13h-37,  714,  786,  473-76 

acid-dissociation  constant  ot,  692 
Carbonic  acid-bicarbonate  buffer 

system,  731 
Carbonic  anhydrase,  270,  625,  1054 
Carbon  monoxide,  473-74 

affinity  for  hemoglobin,  800 
in  atmosphere,  778 
oxidation  of,  611 

as  pollutant,  780-81 
reaction  with  chlorine,  637-38 
toxicity  of,  1061) 

Carbon  nanotubes,  517-18,  434 
Carbon  suboxide,  441 
Carbon  tetrachloride,  346 

molal  boiling-point-elevation  and 
freezing-point-depression 
constants  ot,  551 

reaction  with  hexane,  532 

Carbonylation,  842,  1087 
Carbonyl  group,  compounds  with, 

1086-4  1 
aldehydes  and  ketones,  108h 
amines  and  amides,  1040-42 
carboxylic  acids,  1087,  1088 
esters,  1088-40 

Carbonyl  process,  665 
Carborundum  1  M  (silicon  carbide),  441 , 

523,  477 

properties  of,  44 1 Carhow  hemoglobin,  781 
Carbox}  late  anion,  706 

Carboxyl  group,  705-6 
Carboxylic  acids,  705-ft,  1066,  10X7,  10X8 
Cardiovascular,  defined,  505 
Carlsbad  Cav  erns  (New  Mexico),  476 
Carnot,  Sadi,  806 
/3-Carotene,  386 
I  arpaccio,  Vittore,  3 
Cars 

air  bags,  86 
alcohol-based  fuels  for,  748 
corrosion-protecting,  79.3 

electric,  18 
emission  standards  for,  7X2 

hybrid,  200  -201 

plastk ,  302 

Cassini-I  luygens  satellite  mission,  2X6 t  atalase,  611,612 

C  atalysis,  577,  607-15 
enzymes,  270,  577,611-16,  1098-44 

efficiency  of,  613 
inhibition  of,  612-13 
in  nitrogen  fixation,  61 3- 14 

specificity  of,  612 

equilibria  and,  656-58 
heterogeneous,  604-10 
homogeneous,  607-4 

C  atalytk  converters,  6  11,623,  7X2 
(.  athode,  855,  X56 
Cathode  rays,  electrons  and,  .34—11 
Cathodic  protection,  XX2 
C  ation(s),  55,  58,  837 

acidit)  of  hydrated,  708 
chemical  formulas  and,  12s 
names  and  formulas  of,  60-61 
qualitative  analysis  to  group,  737 
reaction  with  water,  700 

sizes  ot,  268-64 C  austic  soda  (NaOH) 
acetic  acid  titration  with,  7.35- 3X 
hydrochloric  acid  titration  with, 

732-35 
Cavendish,  I  lenry,  441 
C  .iv  es,  limestone,  122 
Cavities,  tooth,  750 
CD-R  discs,  385 

CdSe,  4X4 

CdTe,  4X4 Cell  emf,  860-68 
concentration  cells,  874-77 

concentration  effects  on, 

X71-7X 
Nernst  equation,  X72-74,  875 

equilibrium  and,  X71-74 
Gibbs  free-energy  change  and, 864-7  I 

under  nonstandard  conditions, 
871-77 

oxidizing  and  reducing  agents, 

849, 866-68 spontaneity  of  reaction  and,  X6X-70 
standard  reduction  (half-cell) 

potentials  (Er:t.a),  861-66 Cell  metabolism,  standard  free-energy 
change  in,  833 

Cell  phone  tower  range,  444 
C  ell  potential  (£cen),860 

Cellulose,  622,  1102 
c  ell  voltage,  860 
Cell  walls,  876 
Celsius  scale,  15,  16 
Cementite,  1008 

Ceramics,  441-44 
applications  of,  441 
processing  of,  503—1 tor  structure,  501-4 

superconducting,  442-43 Cerium  (Ce),  245 
Cesium  (Cs),  245,  281,  2X3,  312,  838 

Cesium-137,  428 
CFCs,  474,  342,  776 
Chadwick,  James,  42 
Chain  reactions,  421 
C  halcocite,  833 

Chalcogens  (group  6A),  444 
group  trends  lor,  2X6-X7 

Chalcopyrite,  995 
Challenger  disaster  (1986),  180, 943 
Changes,  10-11.  See  also  Reaction(s) 
Changes  of  state,  10 
Charcoal,  47.3 Charge(s) 

atomic,  43 

conserv  ation  of,  124 

formal,  320-22 
ionic,  55,  56-57 
in  metal  complexes,  1024-30 

partial,  322 
Charge  distributions  in  molecules, 

313,315-16 C  barged  particles,  nuclear 
transmutations  using,  404 

Charge-transfer  colors,  1052 
Charge-transfer  transition,  1052 
Charles,  Jacques,  406 
Charles'  law,  406-7, 408, 411 
Chelate  effect,  1032 

entropy  and,  1033-34 Chelates,  in  living  systems,  1033-36 
Chelating  agents  (polvdentate 

ligands),  1031 Chemical  analysis,  151-56 
Chemical  changes,  10-11.  Sec  also Reaction(s) 

Chemical  energy,  169 
Chemical  equilibrium.  See 

Equilibrium /equilibria 
Chemical  properties,  4 
Chemical  reactions.  Sec  Reaction(s) 
Chemicals,  top  ten  produced,  4 
Chemical  vapor  deposition  (CVD),  514 
Chemiluminescent  reaction,  593 Chemistry 

atomic  and  molecular  perspectiv  e 

of,  2-3 

as  central  science,  3 
chemical  industry  and,  4 
defined,  1 

language  of,  4 

study  of,  2-4 reasons  for,  3—4 
Chemotherapy,  428 

Chirality,  1041-42 in  amino  acids,  1095,  1098 
in  liv  ing  systems,  1098 

in  organic  chemistry,  1091-93 
Chlorate  salts,  432 Chloric  acid,  705 
Chlorides,  insoluble,  757 

Chlorine  (CI),  2X8,  7X4,  447,  448-44 
covalent  bonding  in,  310 
electron  affinity  of,  275 

first  ionization  energy  of,  275-76 ions  of,  55 
Lewis  symbol  for,  303 
mass  spectrum  of,  48 
nuclides  of,  934 

oxyacids  of,  704-5 

properties  of,  288 reactions  of 
with  carbon  monoxide,  637-38 
with  chloroform,  625 
dissolution  in  water,  794 

with  mercury,  96-97 
with  methane,  330-31 
with  nitric  oxide,  664-65 
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with  ozone,  776 
with  phosphorus  trichloride 

gas,  662 
with  sodium,  303 

C  hlorine-36,  933 
C  hlorine  dioxide,  439,  794 
C  hlorine  monoxide  (CIO),  776-77 
Chloroacetic  a<  id,  718 
3-Chlorobenzoic  acid,  799 
(  hlorofluorouirhons  (CTCs).  479,  592, 

776 

C  'hloroform,  55  I ,  572,  625 
3-Chloroperbenzoic  acid,  799 
C  hlorophylls,  1033,  1035 
(  hlorous  ac  id,  705 
Cholestenc  liquid  crystalline  phase-. 

512 
C  holesterol,  1HX4,  11)85 
C  holesteryl  benzoate,  511 
Chromate  ion,  1052 
Chromatography,  12-13 
Chromium  (C  r),  475,  11)14 

electron  configuration  of,  241' 
Chromium  oxides,  l<57 
Cinnabar,  481,995 
Circuit  boards,  1  IS 
Cis  isomers,  1(127,  1040,  1075 
Cisplatin,  393-94,  1040 
Cis-trans  isomerization,  395 
Citric  acid,  669,  692,  715,  1087 

acid-dissociation  constant  of,  692 
Citrus  fruits,  669 
Clausius,  Rudolf,  420,  422,  806-7 
Clausius-Clapeyron  equation,  462 
Clausthalite,  481 
Clean  rooms,  508 
Climate,  783-85 
Closed  systems,  170 
Close-packed  arrangement,  75,  469-70 
C  i  lagulation,  561 
Coal,  103.  199 

combustion  of,  778-79 
gasification  of,  194 

Cobalt-60,  901,909-10,  932 
Cobalt-60  "gun,"  928 
Cobalt  glass,  980 
Cobalt(H)  chloride,  534,  653 
Cobalt(III) 

ammonia  complexes  of,  1026 
electron  configuration  of,  1049 

Cocaine,  718 
Codeine,  716 
Coefficients  in  equations,  SO,  81.  SS, 

100 

Coffee-cup  calorimeter,  184-85 
Cohesive  forces,  454 
Coke,  973,  997 
Colligative  properties  of  solutions, 

548-58 

boiling-point  elevation,  550-51 
of  electrolyte  solutions,  557 
freezing-point  depression,  551-53 
molar  mass  determination 

through,  556-58 
osmosis,  553-56 
vapor  pressure  reduction,  548-50 

Collision  model,  577,  594 
C  ollisions,  molecular,  426 
Colloids,  517,  558-63 

hydrophilic  and  hydrophobic, 

559-60 
removal  of  colloidal  particles, 

561-63 

types  of,  55s Colorimetry,  166 
Colors 

complementary,  1044 
in  coordination  compounds, 

1043-45 
charge-transfer.  1052 
crystal-field  theory  and.  1045. 

1047 
Columbia  Space  Shuttle,  952 
Combination  reactions,  85-87 

balanced  equations  for,  87 
C  ombining  volumes,  law  of,  407 
Combustion 

enthalpies  of,  191 
heal  of,  186 

Combustion  analysis,  98-99 
Combustion  reactions,  80,  87-SS,  140 

of  alkanes,  1074 
balanced  equations  for,  SS 
with  oxygen,  940 

Common-ion  effect,  722-25 

solubility  and,  744-43 
Complementary  colors,  1044 
Complete  ionic  equation,  129 
Complexes  Sec  Metal  complexes 
Complex  ions,  1026 

solubility  and,  748-51 
C  c  miponents 

ot  mixture,  8 
ol  solution,  529 

Composition,  2 
Compound(s),  5-8.  See  also  Organic 

i  hemistrv 

with  carbonyl  group,  1086-91 
aldehydes  and  ketones,  1086 
amines  and  amides,  1090-92 
carboxylic  acids,  1087,  loss 
esters,  1088-90 

coordination  Sec  Coordination 

compounds 
interhalogen,  393,  950-51 
intermetallic,  1008-10 
ionic.  Sec  Ionic  compounds 
ot  metals  with  nonmetals,  278 
m< ilei  u l.i r,  5 3,  5s 

binary,  66-67 
electrolytic  behav  ior  of,  1  33 
nomenclature  of,  3 1 7 

molecules  of,  5 
naming.  Sec  Nomenclature 
organic,  60,  67-69.  Sec  til^o  Organic chemistry 

Computers,  "petaflop,"  4L»2 
Concentration(s),  120,  144-51,  543-47 

Sec  d/sii  Solution 
stoichiometry 

acid-base  titration  to  determine, 

154-55 conversion  of  units  of,  546 — 17 
defined,  144 

dilution,  148-50 
effects  on  cell  emf,  871-78 

concentration  cells,  874-77 
Nernst  equation,  872-74 

of  electroh  te,  147 

equilibrium,  calculating,  647-49 
interconverting  molarity  moles 

and  \  olume,  147-48 
in  mass  percentage,  543—44 

molality,  344-46,  547 
molarity,  146-47,  544-46,  547 
in  mole  fraction,  51 1— 1ft 
in  parts  per  billion  (ppb),  543-44 
in  parts  per  million  (ppm),  543 — 14, 

in  reactant  or  product,  changes  in, 

650  5| 
reaction  rates  and.  576,  579,  5S2-l-,3 

change  with  time,  587-93 
rate  laws,  583-91 

retereiu  e.  64 1 
ot  solid  substance,  641-42 

Concentration  cells,  874-77 
Condensation,  heat  ot,  45b 
Condensation  polymer,  49b,  305,  S43 
Condensation  polymerization,  496,  497 
Condensation  reaction,  497,  503,  970, 

1085 
u  ith  alcohol,  10SS 

Condensed  election  configurations, 
243  44 

Condensed  phases,  444 
Condensed  structural  formulas. 

1067-68 Conducting  polymer,  518 
Conduction  band,  489 

Condui  ti\  ity,  484 

electrical,  122-23 C  ones,  372 

Conjugate  acid,  672-73 Conjugate  acid-base  pairs,  672-74, 
696-97 

Conjugate  base,  703 
Conjugated  double  bonds,  385  8ft, 

1035 
Conjugated  pi  (jt)  bonds,  385-86 Conservation  of  mass,  law  ot  (law  ot 

conservation  of  matter), 

38,  80 Constant(s) 

acid-dissoc  iation.  Sec  Ac  id- 
dissociation  constant  (K„) 

base-dissociation  (/(;,),  693-94, 
696 

Boltzmann's,  813 
decay,  91 3 equilibrium  see  I  quilibrium constant  (  k,  q ) 

Faraday's,  870 
formation  (  k  .  ),  750 

gas,  409 I  lenry's  law,  54 1 
ion-product,  676,  697 
mokil  boiling-point-elevation,  551 
inula  I  freezing-point-depression, 

552 

Planck's,  221 
rale.  5S3,  5S5,  586,  597 

Rydberg,  225.  22b screening  (S),  264 
soluhilitv  pn  >ii in  t  See  imdei 

Solubility  equilibria 
van  dei  Waals,  421-' I  onstanl  composition,  law  ol  (law  ol 

definite  proportions),  8,  38 

Constant-pressure  calorimetry,  184—86 
Constant-volume  (bomb)  calorimetry, 

186-87 Continuous  spectrum.  224 
Contour  representations.  235-36,  237 
(  ontrol  rods.  921-22 
Convection,  188 
c  onversion  factor.  25-26,  27 
Conversions  involving  volume,  27-  2U 
I  onverter,  iron-refining,  998 
c  ooking,  46l 

(.  ooling  liquid,  l|22 
Cooper,  I  eon,  495 Coordination  compounds,  1025-ftI 

colors  in,  1043-45 
charge-transfer,  1052 

crystal-field  theory,  1045-53 colors  and,  1043 

d  orbitals  and.  1046-48 
electron  configurations  in 

octahedral  complexes. 

1049-50 
tor  tetrahedral  and  square- 

planar  complexes,  1050—53 isomerism  in.  1038-43 

stereoisomerism,  1039-43 
structural,  1039 

ligands,  1026,  1028 
bidentate,  1031 

in  living  systems,  1033—36 monodentate,  1031 

poly  dentate  (chelating  agents), 

weak-field  and  strong-field. 1048 

magnetism  in,  1045 
metal  complexes,  102b 

charges,  coordination 
numbers,  and  geometries, 

1029-30 metal-Iigand  bond,  1028, 

1045-4h Werner's  theory  and.  1026-28 molecular-orbital  theory  of,  1051 
nomenclature  of,  1037-38 

(  oordination  numbers,  469-70,  1027 
in  metal  complexes,  1029-30 

Coordination  sphere,  1027 
t  oordination-sphere  isomers,  1039 

(  opolymers,  497.  507 

Copper(l),  1022 t  opper(l)  salts,  499-500 
C  opperl  1 1 )  oxide,  1016 
C  opperl  1 1 )  sulfate  pen  tali  yd  rate,  534, 

(.  opper  ((  u),  302,  1004,  1015-17 
electron  configuration  of,  241' 
electronic  properties  of,  489 

elec  trorefining,  100 1  -  3 extra*  tion  from  i  halcocite,  833 

oxidation  ot,  1 42-44 re. H  tion  u  ith  nitrk  acid,  1 1 
strut  tine  ot,  1004 

Copper  sulfate,  855-57,  866 t  ore        Irons,  244 
(.  orey,  R  I! ,  1097 
i  orrosion,  1 38,  881 -S3 ot  iron,  847,  881  S3 

preventing,  882-83 t  orrosion-protecting  cars,  793 
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Coulombs,  40,  885 

Coulomb's  law,  45,  263-64 
Covalent  bond(s),  301,  302,  309-12,  470 

bond  enthalpies  and  strength  of, 
328- 36 

intermolecular  forces  vs.,  445 
octet  rule  failures  in,  325-28 
orbital  overlap  and,  360-61 
polar  vs.  nonpolar,  312 

Covalent  carbides,  977 
Covalent-network  solids,  470,  472-73 
Covalent  radius  (bonding  atomic 

radius),  266 
Cracking,  1074 
Cracking  catalvsts,  609 
Crenation,  555 

Creutz-Taube  complex,  105s1 
Crick,  Francis,  471 
Critical  mass,  92 1 
Critical  point,  462-63 
Critical  temperature  and  pressure, 

458-59 
Cross-linking  of  polymers,  500 
Crude  oil  (petroleum),  103,  199, 

1073-74 
Crutzen,  Paul,  776 
Cryolite,  1001,  1002 
Crystal-field  splitting  energy,  1046 
Crystal-field  theory,  1043-53 

colors  and,  1045,  1047 
d  orbitals  and,  104t>-48 
electron  configurations  in 

octahedral  complexes, 
1049-50 

for  tetrahedral  and  square-planar 
complexes,  1050-53 

Crystal  lattice,  466-67 
Crystalline  solid,  464-65 
Crystalline  structures,  444 
Crystallinity  of  polymers,  498 
Crystallites,  1009 
C  rystallization,  536 
Crystals 

liquid,  510-13 
phases  of,  511-13 

X-rav  diffraction  by,  471 
Crystal  structure  of  sodium  chloride, 

3114,  467-69 
CsCl,  473 
Cube,  volume  of,  16 
Cubic  centimeters,  17 
Cubic  close  packing,  469 
Cubi(  lattices,  466-67 
Cubic  meter,  16 
Cubic  structures  of  metallic  solids,  473 
C  urie,  Marie  and  Pierre,  41 
C  urie  (Ci),  91  3 
Curie  temperature,  1021 
C  urium-242,  910 
C  url,  Robert,  474 
Cyalume  ,  543 
Cyanides,  708,  977 
Cycles,  218 
c  u  It  s  per  se(  ond,  219 
(  ycloalkanes,  1072-73 
1,4-Cyclohexadiene,  1082 
C  yclohexane,  76,  840,  1082 
C  yclohexanol,  76 
Cyclopentadiene,  624 
C  yclopentadienide,  394 

Cyclopropane,  439,  839 
Cyclotron,  904 

Cysteine,  1045 
Cytochrome,  898 
Cytoplasm,  1103 
C  ytosine,  1103,  1104,  1105 

Dacron™,  506 
Dalton,  John,  38-39,  49,  344,  417 
Dalton's  law  of  partial  pressures,  417 
/  )ance  of  the  Solids,  The  (Updike), 

523-24 
Data,  13 

Dating,  radiocarbon,  911-15 
d  atomic  orbitals,  237-38 

crystal-field  theory  and,  1046-48 
Davy,  Humphry,  870 
d-d  transition,  1047 
De  Broglie,  Louis,  228 
Debyes  (D),  315 
Decane,  viscosity  of,  453 
Decarboxylation  reactions,  840 
Decay,  radioactive,  902 

neutron-to-proton  ratio  and,  906 
rates  of,  910-15 

dating  methods  using,  911-15 
half-life  and,  910-11, 912-15 

types  of,  903-5 
Decay  constant,  913 
Decomposition,  photochemical,  965 
Decomposition  reactions,  85-87 

balanced  equations  for,  87 

Decompression  sickness  ("the 
bends"),  542 

Deep-sea  diving,  blood  gases  and,  542 
Definite  proportions,  law  of  (law  of 

constant  composition),  8 
Degenerate  orbitals,  239,  243 
Degrees  of  freedom  of  molecules,  816 
Dehydration,  149 
Delocalized  n  bonding,  370-71 
Delocalized  rr  electrons,  385-86 
A  symbol,  84 
Democritus,  38 
Density 

electron,  231,  232 

energy,  879-80 
of  gas,  molar  mass  related  to, 

413-15 
probability,  231,236 
SI  units  of,  17-20 
weight  vs.,  20 

Dental  materials,  18 

Deoxyadenylic  acid,  1104 
Deoxyribonucleic  acid  (DNA),  1098, 

1103-5 double-helix  structure  of,  471 
protein  synthesis  and,  1103,  1105 

Deoxyribose,  1 103 
I  teposition,  heat  of,  456 
Derived  SI  units,  16 
Desalination,  786-87 
I  )esc  riptive  chemistry,  938 
I  tetergents,  470 
I  teuteration,  442 
Deuterium,  623, 924, 941-42 
I )euterium  oxide,  442 
I  )extrorotatory,  1042 
I  )e\trose  See  Glucose 

Diacid,  497 
Dialysis,  562 
Diamagnetism,  381,  382,  383 
Diamine,  497 
Diamond,  517,  939,  972 

carbon  nuclei  in,  266 
electronic  properties  of,  489 
structure  of,  472 

synthetic,  972 
Diastolic  pressure,  404 
Diatomic  molecule,  7,  52-53 

electron  configurations  for,  380-81 
heteronuclear,  384-86 
homonuclear,  376 

energy-level  diagram  tor,  380 
molecular  orbitals  in,  376-86 

Diazine,  368 

Diborane,  73,  981 
/rai!s-2,3-Dichloro-2-butene,  1078 
Dichloroacetic  acid,  718 
1 ,2-Dichloroethylene,  482 
Dichloromethane,  482,  481 
Dicyclopentadiene,  fi24 
Diethylenetriamine,  1031 
Diethyl  ether,  1085 

vapor  pressure  of,  461 I  Jifferential  rate  law,  587 
Diffraction,  471 

electron,  224 Diffraction  grating,  471 

Diffusion,  mean  free  path  and,  426-27 
Dilution,  148-50 
Dimensional  analysis,  25-24,  44,  95, 

147,  411 
conversion  factors  in,  27 
conversions  involving  volume, 

27-29 
Dimethyl  carbonate,  792 
Dimethyl  ether,  447 

Dimethylhydrazine,  991 
Dimethylphosphinoethane  (dmpe), 

1058 

2,2-Dimethylpropane  (neopentane), 

44S,  1069 
Dimethyl  sulfate,  792 
Dinitrogen  pentoxide,  625 
Dinitrogen  tetroxide,  634-35,  891 
Dinitromethane,  1113 

Dipole,  313 
Dipole-dipole  forces,  446-47,  450,  470 
Dipole  moments,  314-16,  357-58,  447 

boiling  point  and,  446-47 instantaneous,  447 

Diprotic  acid,  131,  682 
Disaccharides,  1101 
Disilicate  ion,  978 
Disorder,  814,  815.  Sec  also 

Entropv(ies) 

solution  formation  and,  532-33 
Displacement  reactions,  140-41 
Disproportionation,  896,  958 Dissociation  energy,  773 
Distillation.  12,  549,  786,801 
Division,  significant  figures  and,  23 
d  molecular  orbitals,  hybridization 

involving,  365,  366 
DNA  (deoxyribonucleic  acid),  1098, 

1103-5 double-helix  structure  of,  471 

protein  synthesis  and,  1101,  1105 

Dolomite,  975 
Donor  atom,  1030 

Dopants,  490 
Doping,  490 Double  bonds,  311, 1065, 1075 

conjugated,  385-86, 1035 
length  of,  333 

tt  bond  in,  367-68 
rotation  about,  1076 

Double  helix,  471,  1104 
Doubly  degenerate  molecular  orbitals, 

380 
Downs  cell,  1001 
Drain,  semiconductor,  508,  509 Drugs 

anticancer,  345—16 lithium,  284 

Dry  cleaning,  793 

Dry  Ice,  975 
Ductility,  1004 
Dumas-bulb  technique,  435 
Duralumin  um,  1008 

Dyes,  organic,  385-86 azo,  395 Dynamic  equilibrium,  460,  462,  535 

Dynamite,  333 

Earth 
surface  temperature  of,  783 

Earth  Summit  (United  Nations 
Conference  on 
Environment  and 

Development),  769 
Edema,  556 
Effective  nuclear  charge  (Zeff),  263-65, 

267 
Einstein,  Albert,  222-23,  224, 922 
Eka-aluminum,  263 
Eka-silicon,  263 

Elastomeric  polymers,  844 
Elastomers,  495,  505 
Electrical  conductivity  of  solutions, 

1 22-23 
Electrical  work,  179,  886-88 
Electric  cars,  18 
Electric  field,  radiation  and,  41 
Electric  forces,  45 
Electricity  from  sunlight,  510 

Electrocardiography,  876-77 
Electrochemistry,  847-99.  See  also 

Oxidation-reduction 

(redox)  reactions 
batteries,  877-81 alkaline,  879 

fuel  cells,  879-80 lead-acid,  878 

nickel-cadmium,  nickel-metal- 

hydride,  and  lithium-ion, 879-80 
primary  and  secondary,  878 

cell  emf,  860-68 
concentration  effects  on,  871-79 

equilibrium  and,  871-74 oxidizing  and  reducing  agents, 

849,  866-68 standard  reduction  (half-cell) 

potentials,  861-66 corrosion,  881-83 
of  iron,  847,  881-83 



defined,  848 
electrolysis,  883-88 

with  acti\  e  electrodes,  884-85 
of  aqueous  solutions,  122,  123, 

883-84 
electrical  work,  886-88 
quantitative  aspects  of,  885-86 
of  water,  7,  944 

free  energv  and  redox  reactions, 
868-71 

of  metals  (electrometallurgy), 
111(1(1-1003 

oxidation  states,  848-50 
voltaic  (galvanic  cells),  855-60,  874 

molecular  view  ol  electrode 

pro<  ess,  859 
shorthand  representation  of, 

896 

work  done  by,  886-88 
Electrode(s),  855-56 

electrolvsis  with  ai  tive,  KK4  Hi 
molecular  v  iew  i  >i  ele<  tn  ide 

process,  859 
standard  hydrogen  isi  II  ),  861,862 

Electrolysis.  See  under 
Electrochemistry 

I  lectrolyte(s),  501 
colligatix  e  properties  ol,  557 
concentration  of,  147 
defined,  122 
strong  acids  and  bases  as,  d82 
strong  and  weak,  133-34 

identiK  mg,  1 24-25 
Electrolytic  cells,  883 
Electromagnetic  forces,  45 
Electromagnetic  radiation,  218,  219 
Electromagnetic  spectrum,  214 
Electrometallurgy,  1000-1003 

of  aluminum,  11101 

copper  refinement,  1001-3 
of  sodium,  1001 

Electromotive  force  (emf).  Sec  Cell  em! 
Electron(s),  45,  904 

bonding,  374 
cathode  ravs  and,  34_4] 
core,  244 
delocalized,  1005 
discovery  of,  40 
excitation  by  light,  385-86 
mass  of,  43 
nonbonding,  bond  angles  and, 

352-53 
odd  number  of,  326 
outer-shell,  244 
promoting,  3b2 
shielding  (screening)  of,  2h4 
unpaired,  24  I 
valence,  244,  24s 

bonding  and,  302 
effective  nuclear  charge 

experienced  by,  2b4 
I  lei  iron  affinity(ies),  275-76 

electronegativity  and,  312 
ot  halogens,  288 
ionization  energy  vs.,  275-76 
ol  nonmetals,  274-80 

Electron  capture,  404,  906 
Electron  configuration(s),  240-44 

anomalous,  244 
condensed, 243-44 

homonuclear  diatomic  molecules, 
380-81 

I  kind  s  rule,  242-43 
ot  ions,  274-75,  306-7 
ot  lanthanides  and  actinides,  245 
molecular  properties  and,  382-83 
in  octahedral  complexes,  1044-5(1 
periodic  table  and,  246-44 
of  transition  metals,  244—45, 

1011-12 
Electron  density,  231,  232 

in  molecules,  304 
m  />  orbitals,  237 
in  s  orbitals,  234 

Electron  diffraction,  224 
Electron-domain  geometry,  350 
Electron  domains,  348-sll 

axial,  355 
equatorial,  355 
tor  multiple  bonds,  555 

I  lectronegativ  ity,  3|  3,  322 
bonding  and,  312-14 
bond  polarity  and,  313-14 of  nonmetals,  938 

1  let  Ironic  charge,  43 
Elec  tronics 

gold  m,  145 materials  tor,  508—10 

plastic ,  51(1 •sill,  on  e  hip,  508-4 
solar  energy  conversion,  510 

Electronic  structure,  217-54 
atomic  orbitals,  231-38 

<i,  237-38,  ]04(i-48 

/,  237-38 

quantum  numbers  and, 
232-54, 238 

s,  234-37 
Bohr  model  and,  225-2h,  251,  232 

energy  states  ot  hydrogen 

atom,  22h-28 
limitations  ol,  228 

defined,  217 

line  spectra  and,  224-25 
ot  many-electron  atoms,  238—10 
photons  and,  220-23 
quantization  ot  energy  and, 

220-21 
quantum  (wave)  mechanics,  217, 

231-34 
wa\  e  behavior  ot  matter  and, 

228-3 1 
wave  nature  ot  light  and,  218-20 

Elec  tron  mass,  4 1 
I  li  '  tron  mil  n >sc< 41c,  22M 
Electron-pair  acceptor/donor  concept, 

70(i-7 Electron-sea  model  lor  metallic 
bonding,  1004  5 

Electron  shell,  233 
Electron  spin,  23o_4H 
Electroplating,  884-8s 
Electrostatic  attractions,  470 
Electrostatic  energy,  169 
Element(s),  2,  5,  6  Sec  also  spei  ifit 

elements  and  groups 
atoms  and,  5,  ̂8 
common,  6 
molecules  of,  5 

new,  1 4 periodic  properties  of.  See  Periodic 
properties  of  elements 

representative  (mam-group),  24(i 
required  by  living  organisms,  54 
symbols  tor,  1^ 
trace,  54 transuranium,  52,  910 

Elemental  form,  atom  in,  1  39 
Emf  See  Cell  eml 
Emission  spectra,  221 

Empirical  formula,  53-55,96-100 
c  ak  ulating,  47 
interconverting  number  ol 

particles  llnd,  98-99 
combustion  analysis,  98-99 
molec  ular  formula  from,  48 

ionic  compounds,  58 
I  mulsific  ation,  560 
I  mulsifying  agent,  560 
I  nantiomers  (optical  isomers), 

1041  42.  1041 -42,  1045 
I  ndothermic  processes,  174 
I  ml  point  ot  titration,  1 53,  734 

1  nergy(ies),  166-72.  Seeaho I  nthalpy(ies)  (H);  I  leat; 
I  hermoch  namii  s 

,h  0\  ation,  595-96,  803 
catal)  sis  and,  609,  656 
determining,  597-99 

biomass,  200 
c  hemical,  169 
conservation  of,  172,  804  Seealso 

rhermodynamics:  first  law ol 

crystal-field  splitting,  1046 
definition  of,  170 
dissociation,  773 
elec  trostatic,  169 
fossil  fuels,  199,  200 

geothermal,  20(1 
hydroelec  trie,  200 
Internal,  166,  172-73,  174  75,  176 
ionization,  271-76 

ol  alkaline  earth  elements,  28s 
electron  affinity  vs.,  275-76 
elec  tron  c  on  figurations  of  ions 

and, 274-75 elei  Ironegativit)  and,  312 
ol  metals,  278 

periodic  trends  m,  272-74 \  .iriaiions  in  sue c  essive, 

271-72 
kinetic.  166,  168-69 

a\  erage,  444 

l.i 1 1  u  e,  305-8 mass  and,  916 

m  >nren<  'u  able,  2( "  ( 

nu<  I.  mi,  144-200 
ot  orbitals,  238-34 
potential,  hid,  168-69 
quantization  of,  220-  21 radiant,  218,  772 
renewable,  200 
solar.  200  201,  510,  1093 

absorbed  bj  chlorophyll,  1035 

spin-pairing,  1044 
system  and  surroundings,  170,  172 

thermal,  hi11 transferring,  170-72 

Index  1-7 

units  of,  164-70 
wind,  200 

Energy  band,  1005-6 Energy  changes 
a<  companying  phase  changes, 

4s5-5b 
in  nuclear  reactions,  4]b-20 

nuclear  binding  energy,  418-20 
solution  formation  and,  531-32 

Energy  density,  879-80 Energy  diagram,  173 tor  nitric  oxide,  384 

Energy-level  diagram  (molecular orbital  diagram),  374 
tor  helium  ion,  375 
for  homonuclear  diatomic 

molecules.  380 
lor  hydrogen  molecule,  574 
lor  hypothetical  helium  molecule. 

574 

lor  lithium  molecule,  37h 

Energ\  levels  in  solids,  488 
Energ\  states  ot  hydrogen,  226-28 
I  ngineering  polymers,  ̂ 02 

I  nstatite,  "74 Enthalp\  change  (AH),  804 
1  loss's  law  and,  187-41 
solution  formation,  531-32 

Enthalp)  diagram,  180 
I  nthalpy(ies)  (H),  166,  17h-82.822. 

Seealso  Heat 
bund,  329-36 

bond  length  and,  333-34 
electron  configurations  and, 

382 
enthalpies  ol  reactions  and, 

350-35 ol  t:  bonds,  438 
ol  combustion,  141 

defined,  177 
ot  formation,  191-96 

to  calculate  enthalpies  ol 
reaction,  193-96 

standard,  191-92 

tree  energy  and,  827 ol  fusion,  191 

ol  reaction  I  Ml,,„l,  180-82, 
193-91,,  550-33 

spontaneous  processes  and,  18^ as  state  tunc  lion,  174 

ol  vaporization,  1 4 1 

Entropy(ies),  533,  804,  8iih-22 absolute,  820,  821 
cil  at  Inalion,  843 

biochemistry  and,  1043 
chelate  effect  and,  1033-34 
ol  expansion,  810 
tree  energ\  and,  827 
heat  transfer  and  temperature 

related  to,  808 life  and,  818 

microstates  and,  812-15 mi  ilecular  interpretation  of,  811  I  9 
probability  and,  814 
in  reactions,  820-22 sec  <  mil  law  c it  thermodynamic  s 

and,  810-11 standard  molar,  820 

temperature  and,  818  14 ol  uni\  erse,  t  hange  in  (ASurm),  81 1 
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Entropy  change  (AS),  808-10,  825 
isothermal  expansion  of  gas  and, 

810 
for  phase  changes,  809 
in  reactions,  820-22 
of  the  universe  (  ASurm  ),  811 

Env  ironment,  chemistry  of,  769-801 
atmosphere,  770-78 

composition  of,  771-72 
methyl  bromide  in,  592 
outer  regions  of,  772-74 
ozone  in  upper,  592,  774-78, 

955 

regions  of,  770 
temperature  of,  770 
troposphere,  770,  778-85 

fresh  w  ater,  787-90 
dissolved  owgen  and  qualitv 

of,  788-89 
softening  of,  790 
treatment  of  municipal 

supplies  of,  789 
green  chemistrv,  790-95 

corrosion-protecting  cars,  793 
dry  cleaning,  793 
principles  of,  791 
solvents  and  reagents,  791-92 
water  purification,  793-95 

mercury,  19 
oceans,  785-87 

Environmental  Protection  Agency 
(EPA),  19,  929,972 

Enzymes,  270,  577,  611-16,  626, 
1098-99 

efficiency  of,  613 
inhibition  of,  612-13 
in  nitrogen  fixation,  613-14 
specificity  of,  612 

Enzyme-substrate  complex,  612 
EPA  (Environmental  Protection 

Agency),  19,  929,  972 
Ephedrine,  716 
Epoxy  systems,  974 
EPROM  (Erasable  Programmable 

Read-Only  Memory) 
silicon  microchip,  3 

Epsom  salts,  114 
Equation(s),  80-84 

balanced,  80 
coefficients  in,  80,  81,  88,  100 
quantitative  information  from, 

100-104 
balancing,  81-83,  84 
ionic,  120 
nuclear,  902-3 
states  of  reactants  and  products, 84 

thermochemical,  1 80-81 
Equatorial  electron  domains,  355 
Equilibrium-constant  expression,  634 

for  aqueous  solutions,  676-77 
Equilibrium  constant  (Ke„),  632-41, 

684-90,  803 

applications  of,  646-49 
calculating,  643-45 
di rei  tion  of  i  hemi<  al  equation 

and, 638-39 
evaluating,  634-35 
Gibbs  free  energy  and,  830-35 
magnitude  of,  637-38 

standard  enthalpy  change, 
temperature,  and,  843 

units  of,  637 

I  quilibrium/equilibria,  123  b29-67, 803 

acid-base.  See  Acid-base  equilibria 
aqueous.  See  Aqueous  equilibria 
cell  emf  and,  871-74 
concept  of,  630-32 
dynamic,  4h0,  462,  535 
heterogeneous,  641-43 
homogeneous,  641 

Le  Chatelier's  principle,  h41-i-58. 722 

catalyst  effects  656-58 
change  in  reactant  or  product 

concentrations,  650-51 
nitric  oxide  emission  control 

and,  658 

temperature  changes,  653-56 
volume  and  pressure  changes, 

651-53 
Equilibrium  mixture,  630 
Equiv  alence  point  of  titration.  1 52-53, 732 

Erasable  Programmable  Read-Only 
Memory  (EPROM)  silicon 
microchip,  3 

Errors,  human,  20 
Essential  amino  acids,  1095 
Esters,  322,  1088-90 
Estimating  answers,  26 
Ethanal  (acetaldehyde),  1086,  1087 

properties  of,  447 
Ethanamide  (acetamide),  1091 
Ethane,  67,  199,  1066,  1067 
1,2-Ethanediol.  See  Ethylene  glycol 
Ethanoic  acid.  See  Acetic  acid 

(ethanoic  acid) 
Ethanol,  68,  479,  538,  1065,  1074, 

1084-86,  1087,  1088 
molal  boiling-point-elevation  and 

freezing-point-depression 
constants  of,  551 

molecules  of,  2 
standard  enthalpy  of  formation 

for,  192 
vapor  pressure  of,  459-60,  461 

Ethers,  1082-85 
Ethyl  acetate,  392,  1088 
Ethyl  alcohol.  See  Ethanol 

Ethylamme,  1090 
Ethyl  bromide,  619 
Ethyl  butyrate,  114 

Ethylene,  53,  167,  495-96,  843 
combustion  of,  619 
molecular  geometry  of,  368 
reactions  of 

with  halogens,  1077-78 
with  hydrogen,  609-10 

Eth)  lenediamine  (en),  1031,  1034 
Ethylenediaminetetraacetate  ion 

( [EDTA]4  ),  1031,  1032 
Ethylene  (ethene),  1066,  1067,  1075 
Ethylene  glycol,  482,  548,  1084,  1085 

molecules  of,  2 

vapor  pressure  of,  461 
I  tin  I  group,  610 

Eth)  I  iodide,  b25 
Eutrophication,  788 

Evaporation,  188,  459-60 
Exact  numbers,  20 
Excess  reactants,  105 
Exchange  (metathesis)  reactions, 

128-29 Excitation,  from  radiation,  925 
Excited  state,  226,  233 
Exothermic  processes,  174,  180 
Expanded  valence  shells,  327-28, 

353-56 
Expansion,  entropy  change  of,  810 
Explosive  balance,  353 
Explosives,  332-33 
Exponential  notation,  14 
Extensive  properties,  ID 
Extracellular  fluid  (ECF),  876 
Extraction  of  copper  metal  from 

chalcocite,  833 

Face-centered  cubic  unit  cell,  46b,  467 
Faces,  465 
Fahrenheit  scale,  16 
Faraday  (F),  870 
Faraday,  Michael,  517,  870 
Faraday's  constant,  870 Fats,  196 
Fat-soluble  vitamins,  540 
f'-block  metals,  24h 

FDA  (Food  and  Drug  Administration), 

19 

Fe'~,  708,  1014-15 
FeMo-cofactor,  614 
Fermi,  Enrico,  922 
Ferrichrome,  1036 
Ferricvanide  ion,  708 
Ferrochrome,  1008 
Ferromagnetism,  1013 
Ferrous  sulfate,  799 
Fertilizers,  281 

nitrogen-containing,  963 

phosphorus  in,  970-71 Fibers,  495 
Fibrous  proteins,  1098 
Field  effect  transistor  (FET),  518 
Filter,  superconducting,  494 
Filtration,  12 

First  ionization  energy  (/]),  271,  272-74 
of  alkaline  earth  elements,  285 
atomic  number  vs.,  272 

First  law  of  thermodynamics,  166 
First-order  kinetic  process,  910 
First-order  reactions,  583,  587-89 

half-life  of,  591-93 
Fission,  nuclear,  920-24 

reactors  using,  921-24 
waste  from,  923 "Fixing,"  962 

Flammability,  g 
Fluorescence,  40 
Fluoridation,  tooth  decay  and,  750, 

766 

Fluorine  (F),  288,  312,  94b,  947 
Eewis  symbol  for,  303 
oxidation  number  of,  139 

polarity  of,  313 
properties  of,  288 
reaction  with  iodine,  440 

Fluorite,  4b5,  473 
I  luoroaparite,  750 

Fluorocarbons,  571 
Food  and  Drug  Administration  (FDA), 

19 

I  oods thermochemistry  of,  196-98 
Fool's  gold  (pyrite),  465, 960 

/  orbital,  237-38 
Force(s),  169, 170, 401-2 adhesive,  454 

basic,  45 

cohesive,  454 

dipole-dipole,  446-47,  450, 470 electromotiv  e.  See  Cell  emf 
mtermolecular.  See  Intermodular 

forces 
lon-dipole,  446 
nuclear,  905 

Ford  Escape  Hybrid,  200 
Formal  charge,  320-22 
Formaldehyde  (methanal),  369,  798, 

1086 
Formation  constants  (K< ),  750 

Formation  reactions,  192-93 
Formic  acid  (methanoic  acid),  706, 

1087 

Formula(s),  52-53 

empirical,  53-55,  96-100 calculating,  97 
interconverting  number  of 

particles  and,  98-99 ionic  compounds,  58 
molecular,  53-55 

from  empirical  formulas,  98 
of  metal  complexes,  1029-30 

percentage  composition  from, 
89-90 

relating  relative  numbers  of  anions 
and  cations  to,  125 

structural,  condensed,  1067-68 
subscripts  in,  81,  88 

Formula  units,  89 

Formula  weight,  88-90 molar  mass  and,  93 

percentage  composition  from 
formulas,  89-90 Fossil  fuels,  199,  200 

Fractional  distillation,  549 
Franklin,  Rosalind,  471 
Free-energy  change  (AG),  823,  825,  872 

emf  and,  869-71 
Free  energy  (G),  822-27 

equilibrium  constant  and,  830-35 
redox  reactions  and,  868-71 

spontaneity  and,  822-24 standard  free-energv  changes 

( AG :  ),824-27, 830-32, 833 

temperature  and,  827-29 Free  radical,  926 
Freezing,  heat  of,  456 
Freezing  point,  463 
Freezing-point  depression,  551-53 

Frequency,  218-20 
Frequency  factor,  596-97 
Fresh  water,  787-90 

dissolved  oxygen  and  quality  of, 

788-89 softening  of,  790 
treatment  of  municipal  supplies 

of,  789 Friedel-Crafts  reaction,  1082 
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I  risch,Otto,  422 
I  ructose,621,  1099-1100 

cyclic,  1100 
I  nuts,  citrus,  669 
Fuel  cells,  18,879-80 
Fuels 

fossil,  199,  2(iii 
thermochemistry  of,  198-99 

I  uel  values,  196 
tor  foods,  196,  197 
of  fuels,  198-99 

I  ullerenes,474,939,973 
functional  groups,  W,  1 1  Ho,  1082-85 

alcohols,  1084-  85 
ethers,  1085 

I  urchgott,  Robert  F  , 
Furoic  acid,  7d4 
Fusion,  453 

heat  (enthalpy )  of  (AHfu  I,  191, 

433 
nui  lear,  "2-1  25 

GaAs  (gallium  arsenide),  39 
( >ala<  tose,  1101,  ill! 
Gallium  arsenide,  34,  489 
Gallium  (Ga),  489 

electron  configuration  of,  246 
( lallstones,  1085 
( lalvani,  I  uigi,  876 
Galvanic  (voltaic)  cells,  855  60  Seealso 

Batteries 
concentration  cells,  874-77 
electromotive  force  (eml)  in, 

860-68 
concentration  effec  ts  i  >n, 

871-74 
equilibrium  and,  S71-74 
oxidizing  and  reducing  agents, 

866-68 
standard  reduction  (halt-cell) 

potentials  (/      |,  861-66 
molecular  \  iew  ol  electrode 

process,  834 
shorthand  representation  ol,  896 
work  done  by,  886-88 

Galvanized  iron,  882 
Gamma  y  radiation,  41,  904,  "23,  928 
Gangue,  995 
Cal',  489 
GaPrAs,  t,489 
Gas(es),  399-441,  444-45 

absolute  temperature  ol,  421 
acid-base  reactions  with,  I  36-37 
blood,  deep-sea  diving  and,  542 
characteristics  ol,  4(1(1-401 
collecting  over  water,  41"-20 
diffusion  and  mean  free  path, 

426-27 
entropy  change  and  isothermal 

expansion  of,  810 
expansion  of,  807-8 
Graham's  law  ot  effusion,  424-2h 
ideal,  409 

ideal-gas  equation,  408-16,  422, 
hah 

gas  densityl-molar  mass 
relationship  and,  413-13 

gas  laws  and,  41(1-11 

gas  volumes  in  reactions  and. 

415  In 
inert,  284 
isothermal  expansion  ot,  sin 
kinetic-molecular  theory  ot, 

42H-23.  428 

gas  law  s  and.  422-23 
mixtures  ol,  4 1 7-20 
natural,  199,  416  Seealso  Methane 

combustion  ot,  81)3 
noble,  3(13,  400,  946  47 

group  trends  lor,  289-90 
pressure.  4(11  4,  421,  427 

partial.  417-20 
properties  ot,  38,  444-43 
real,  427-31 

\  an  dei  Waals  equation, 
429-31 

separations  ot,  427 
solids  and  liquids  compared  to, 

40(1 solubility  of,  337,  341,  342 
slate  ol,  404 
water,  943 

Gas  laws,  404  8.  410-13,  422-23 
Avogadro's  law  (quantity  -\  olume 

relationship),  407-8,  41  I 
Boyle's  law  (pressure-volume 

relationship),  tl)4  6,  408, 
410,  422 

C  harles'  law  (temperature-volume 
relationship),  40l>-7,  408, 
4  I  I 

ideal-gas  equation  and.  410-13 
kinetii  -molec  ular  theory  and, 

422-23 
(  lasoline,  549,  1073-74 
(,  las  pipelines,  4 1 6 
(  lastrk  jui<  es,  131.  I  37 
( .ale,  semiconductor,  508,  304 
(  lay-l  ussai ,  loseph  Louis,  407 
(  .eiger  counter.  9  I  3 

(  lei,  303-4 Geometric  isomerism,  1040,  1073 
Geometn  Vr  Molecular  geometrv 
( leothermal  energy,  200 
i  lerlach,  Walter,  240 
Germanium  (Ge),  2h3,  977,  990 

electronic  properties  of,  489 
i  abbs,  |osiah  Willard,  822 
Gibbs  free-energy  change  (  At. ),  823, 823,  872 

emt  and,  869-71 
(  abbs  tree  energy  (G),  822-27 

equilibrium  constant  and,  830-33 
spontaneity  and.  822-24 
standard  free-energy  changes 

( AG  ),  824-27,  830-32,  833 
temperature  and,  827-24 Class,  950,  951,980 

Glassware,  volumetric,  17 
Globular  protein,  1034,  1098 
Glucose,  73, 87,  196,621,842,  1033, 

1066 

cyclic,  1099-1100 molecular  formula  of,  1099 
molecular  weight  ol,  89 
oxidation  ot,  102-3,  43n,  833 
structure  ol,  338 

Glutamic  acid,  1095 

Glutamine,  1095 
Glutathione,  1 114 

Glycerol  (1,2,3-propanetriol),  1084. 

Glycine,  J92,  70".  1095,  1096 

anion  ot,  Ills'-! 
Glycogen, 1 102 
Glycolic  and.  50 
Glycvlalanine,  10% 
Goiter,  949 
Gold  (  Au),  302,  183 

dissolution  ol,  8"s 

on  nanoscale.  3 1  ~~ 
oxidation  states  .  4,  8% 

properties  ot,  I  15 
electronic,  48" 

reactions  ol  I4"1 ( lold  alloy,  lOOh 
(  lold  leaf,  1004 
(  loodyear, harles,  3oo 
c  loudsmit,  Samuel,  239 
c  Iraduated  c\  linders,  1 7 
Graham,  I  homas,  421 
Graham's  law  ot  effusion,  424  26 
( Irams,  i  onverting  to  moles,  m 
(  Iraphite,  3|7,  939,  973,  474 

electronic  properties  ot.  48" 
stru<  ture  ol,  472  73 

( ira\  itational  forces,  43 
(  lra\  it\,  168-69,  401 
(  Iray  (( ly ),  926 
(  avek  prefixes,  66 

(.  Ireen  i  hemistry,  790-95 
<  i  irn  tsion-protei  ting  cars,  793 

dry  ..leaning.  793 

principles  ol.  79 1 
solvents  and  reagents,  7"  I  -92 
water  purific  ation,  793-95 

Greenhouse  effect,  783,  975 
i  arb<  in  dioxide  and,  103 

methane  and.  784 
( Irigg,  C  I  ,  284 C  ,1'iiiiihI  stale,  22h,  233,  240 
Group  lAelements  Siv  \lkali  metals 
(  .roup  2A  elements.  See  Alkaline  earth 

metals 
( .roup  4A,  "72  81  See  also  Carbon  (G); 

Silicon  (Si) 
general  characteristics  ot,  477-78 

hydrides  of,  44" ( Iroup  5A  elements,  27<>.  967-72,  See 
also  Nitrogen  (\), 

Phosphorus  (I') 
general  characteristics  ot.  967-68 

(  Iroup  6A  elements  (<  hakogens),  444, 
958-62.  See  also 

I  Kvgen  (( >) 
general  charac  (eristics  of,  438 

group  trends  lor,  28h-87 occurren<  es  and  preparation  of, 

438-34 
properties  and  uses  ot,  959 sulfidesof,  960 

t  .roup  7A  elements.  See  I  lalogens 
(  .roup  8 A  elements  (noble  gases),  303, 

4110,  44h-47 
group  trends  tor,  289-90 

(  .roups,  50-51 
<  alanine.  I  103.  1  104.  I  103 
C  luldberg,  Cato  Maximilian,  632 

1 1  ions 
concentrations  ot 

pi  I  values  and,  678-79 rate  law  and,  679 

reaction  with  ammonia  ~0h 
in  w  ater,  h70-7] 

I  labor  Fritz,  308,  633,  643,  65h-57 
I  labor  il  laber-Bosch)  process  for 

ammonia  synthesis  h32, 
633,  h43-(4,  649,  963 

i  atal\  sis  in,  656-57 
tree  energy  changes  in,  823 
temperature  ettei  ts  on.  650 
volume  and  pressure  effects  on. 

651-53 
I  lafnium,  1020 
I  lahn,  ( >tto,  "22 I  lalf-cell,  856 

I  lalf-life  of  reaction,  591-93,  910-11 . "12-13 

Half-reaction,  stoichiometry  ot,  883 
I  lalf-reaction  method,  S30-s4 I  lalides 

hydrogen,  516,  950 
phosphorus,  968 I  lall,  (.  harles  M  .  1001,  1002 

I  lall  process,  1001 
I  lalogen-containing  molecules,  ozone 

layer  destruction  and,  342 
I  lalogens,  33,  37,  447-32 

boiling  points  ot,  448 electron  affinities  ot,  27h 

group  trends  for,  288 hydrogen  See  I  lydrogen  (II) 
interhalogen  compounds,  343, 431  )-3| 

oxidation  number  ot,  I  39 
.is  oxidizing  agent,  867 

oxvacids  and  oxyanions  of,  951— 52 
properties  and  preparation  ot, 

448-44 
reaction  with  ethylene,  1077-78 
uses  ol,  "4" 

I  talons,  799-800 I  landedness  See  Chirality 

I  lard  water,  74(1 
I  lean 

biomaterials  lor  replacing  and 

repairing,  505-6 
pa.  emakers  tor,  843 

I  leartbeats,  876-77 
I  leai  l  disease,  nitroglycerin  and,  966 
Ileal,  Inn,  168,  170-72,  173-  76  See  also I  nth,ilp\  i  ies)  (H) 

ol  combustion,  186 
ol  condensation,  456 

ol  deposition,  43h c >t  freezing,  43<> 
ol  fusion  |  AM,,,  j,  191,  433 
internal  energy  change  and,  173-74 reversible  and  irreversible  How  of, 807 

ot  sublimation,  43n 

transfer  ol,  188 
entropy  ami.  808 

ol  \  aporization,  433 
1  leat  .ap.u  il\,  182-84 
I  leat  exhaustion,  188 
Ileal  flow,  II 

measuring  Vet  alorimetn 
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1  leafing  curves,  456-58 
I  leat  stroke,  188 
Heavy  water,  442 
Heeger,  Alan  I.,  510 
I  leisenberg,  Werner,  23(1 
I  leIium-4,  nuclear  binding  energy  of, 

918 

I  lelium  (He),  l»4n 
bonding  atomic  radius  of,  266 
electron  configuration  of,  242 
hypothetical  molecule  of,  374,  375 
properties  of,  284 

I  lematite,  447 
Heme.  780,  781,  1033-34,  1035 
Hemoglobin,  561,  717,  731,  780-81, 

1034-35 
carbon  monoxide  affinity  for,  800 

Hemolysis,  506,  555 
1  lenderson-Hasselbalch  equation, 

727-29 
I  lenry's  law,  541 
Henry's  law  constant,  541 
Heptane,  1074 

viscosity  > >t,  453 
I  leroult,  Paul,  1002 
Hertz  (Hz),  219 
I  loss's  law,  187-91,  193 
Heterogeneous  alloy,  1007,  loos 
Heterogeneous  catalysis,  609-10 
I  leterogeneous  equilibria,  641-43 
I  leterogeneous  mixtures,  8 
I  leteronuclear  diatomic  molecules, 

384-86 
I  leten  itri  iphs,  8 1 8 
Hexafluorobenzene,  483 
Hexafluorosilicic  acid,  450 
I  lexagonal  close  packing,  464 
I  lexane 

all  i  ihi  'I  si ilubilities  in,  538 
reaction  with  carbon  tetrachloride, 

532 
viscosity  of,  453 

HFC- 134a,  777 
High-carbon  stool,  1008 
I  ligh-density  polyethylene  (HDPE), 

447,  444 
High-energy  photons,  404 
I  lighest  occupied  molecular  orbital 

(HOMO),  385 

High-spin  complex,  1050 
High-temperature  (high-7] ) 

superconductivity,  443 
Hindenburg  disaster  (1937),  180,  181 
I  listidine,  1045 
I  loles,  440 
I  lomochirality,  1098 
I  lc  imogeneous  i  a ta lysis,  607-4 
I  lomogeneous  equilibria,  641 
I  lomogeneous  mixtures,  8.  See  also 

Solu  (s) 

HOMO-LUMO  gap,  385 
Homonuclear  diatomi<  molecules,  376 

electron  configurations  for,  3X0-81 
energy-level  diagram  for,  380 

1 1.. i  ,ni  balloons,  106 
I  lubble  Space  Telescope,  847 
I  luman  blood  See  Blood 
I  luman  body 

nitric  oxide  and  metabolism  in,  384 
temperature  regulation  in,  188 

I  luman  errors,  20 
I  tumidity,  relativ  o,  484 
Hund's  rule,  242-43 

Hybrid  cars,  200-201 
1  lybridization,  36  I 
I  lybrid  orbitals 

molecular  geometry  and,  361-67 
involving  d  orbitals,  365,  366 

sp,  361-63,  366 
sp  and  sp  ,  363-65,  366 

triple  bonds  and,  364 

Hydrates,  534 
Hydration,  531,  70S water  of,  534 

I  lydrazine,  891,963-64,  990 
1 1\  dra/obenzone,  345 
I  lydride  ions,  282,  442,  444 

Hydrides binary,  703 

ionic,  684,  444 
metallic,  445 
molecular,  945 

Hydrocarbon(s),  67,  537,  1066-67 
branched-chain,  1 069-70 
combustion  of,  87-88 
derivatives  of,  87-88 
as  pollutants,  782 
saturated  (alkanes),  1066,  1067-74, 1084 

cycloalkanes,  1072-73 
nomenclature  of,  1070-72 
reactions  of,  1073-74 
structural  isomers  of,  1064-70 
structure  of,  1068-64 

straight-chain,  1068,  1064 
unburned,  611 

unsaturated,  1066,  1075-82 
alkenes,  1066,  1075-7b, 

1077-74 
alkynes,  1066,  1077-74 
aromatic,  1066,  1081-82 

Hydrochloric  acid,  131,  137,  140-41. 
670 

covalent  bonding  in,  360-61 
reactions  of 

with  calcium  carbonate,  440 
with  cobalt(II)  chloride,  653 
with  nickel,  534 
with  sodium  hydroxide,  134 
with  zinc,  177,  848 

stock  solutions  of,  148 
titration  of  NaOH  to,  732-35 

Hydrocyanic  acid,  477 

properties  ot,  685 I  K  dn  iele(  trie  energy,  200 
Hydrofluoric  acid,  114,  131 

properties  of,  685 
reaction  with  silica,  450 

I  lydrofluorocarbons,  777 
1  lydrogen  (H),  1,8,  47,  441-45,  950 

binary  compounds  ot,  444 — 15 
combustion  ot,  74,  180 
energy  states  ot,  226-28 as  fuel,  944 

group  trends  for,  286 
ionization  energy  of,  286 
isotopes  of,  441-42 
line  spectrum  of,  225-26 
mole(  ular  (112),  53,442 

attractions  and  repulsions  in, 

31 14 covalent  bonding  in,  304 
molei  ular  orbitals  in,  373-75 
rea<  tion  with  oxygen,  880 
as  reducing  agent,  867 

nu<  lear  spin  in,  24 1 
orbitals  ol,  233,  234 
oxidation  number  ot,  I  3m 

preparation  of,  436,  443 

properties  of,  442-43 reactions  of 

with  ethylene,  609  lo 
with  metals,  286 
with  nonmetals,  286 

Schrodinger's  equation  lor,  231-32 
uses  of,  443-44 

Hydrogenation,  1078 
I  lydrogen  bonding,  446,  444-52,  470 

between  complementary  base 

pairs,  1104-5 solubility  and,  537-38 
trends  m,  444-51 
in  water,  444 

Hydrogen  chloride 
dipolo  moment  of,  322 
Lewis  structure  ot,  322 

rate  of  disappearance  of,  618-14 
reactions  of 

with  ammonia,  438 
with  water,  670,  671 

Hydrogen  compounds  of  nitrogen, 4h3-h4 

Hydrogen  cyanide,  118,  477 
I  lydrogen  economy,  444 
Hydrogen  fluoride,  polarit\  of,  313-15 
Hydrogen  fuel  cells,  880-81,  848 

Hydrogen  halides,  4So bond  lengths  and  dipolo  moments 
of,  316 

Hydrogen  iodide.  662 
Hydrogen  ion,  131 
Hydrogen  oxalate  ion,  713 
Hydrogen  peroxide,  33,  287,  457-58 

decomposition  ot,  607,  604,  611-12, 622.  625 

structural  formula  for,  54 

Hydrogen  sulfates,  46] 
Hydrogen  sulfide,  1 36,  624,  960 

critical  temperature  and  pressure 
ot,  458 

Hydrogen  sulfites  (bisulfites),  460 
Hydrohalic  acid  solutions,  450 
Hydrolysis,  699 

acid-dissociation  constants  for, 

71 18-9 of  metal  ions,  708-10 
I  lydrometallurgy,  944-1000 
Hydronium  ion,  671 
Hydrophilic  colloids,  554-60 
Hydrophobic  colloids.  554-60 
hydro-  prefix,  65 Hydrosulfide  ion,  644 
1 1\  drous  oxide,  1015 

1  [ydroxide  ion,  131,  137 reactions  of 

with  ethyl  bromide,  619 
with  ethyl  iodide,  625 

I  lydroxides 
ol  alkali  metals,  ionic,  683-84 

of  alkaline  earth  metals,  ionic,  683, 

684 

base-insoluble,  757 
metal,  132 
solubility  of,  751-53 

I  Ivdroxyapatite,  286,  750 

I  lydroxylamine,  644 
Hydroxyl  radical,  800 

1 1)  pertension,  404 
I  lypertonic  solutions,  554-ss 
1 1\  pochlorite  ion,  614,  644,  463-64 
I  Ivpo.  hi. .l  ite  s.llN.  452 
I  lypochlorous  acid,  685,  704-5 
1 1\  ponatremia,  149 

hypo-  prefix,  62 I  lypothalamus,  188 
I  lypothermia,  188 I  lypothesis  (tentative  explanation),  13 

Hypotonic  solutions,  554-55 

S-lbuprofen,  1042 
Ice,  melting  of,  183 
-ic  suffix,  61,  65,  66 

Ideal  bond  angles,  350 
Ideal  gas,  defined,  409 
Ideal-gas  equation,  408-16,  422,  636 

gas  density-molar  mass 
relationship  and,  413-15 

gas  laws  and,  410-13 gas  volumes  in  reactions  and, 
415-16 Ideal  solution,  549,  550 

-ide  suffix,  61, 64,  65,  317 
Ignarro,  Louis  J.,  466 
Imaging,  medical,  241 
Immiscible  liquids,  537 
Indicators,  acid-base,  153 
Indium  (In),  246 

Indole,  1114 
Inert  gases,  289 
Inexact  numbers,  20 
Information,  tabulating,  411 
Inorganic  compounds,  60 

naming,  60-67 
acids,  65-66 binary  molecular  compounds, 

66-67 ionic  compounds,  60-65 Instantaneous  reaction  rates  (initial 

rate),  579 
concentration  and,  579-80 

Insulators,  488,  491-94 
electronic  properties  of,  489 
energy  bands  in,  488 

Integrated  circuits,  508,  509 
Intensive  properties,  10 

Lnterhalogen  compounds,  393,  950-51 Intermediate,  600,  605 

Intermetallic  compounds,  1008-10 
Intermolecular  forces,  443,  445-53 

attractive,  428-29 covalent  bond  vs.,  445 
ion-dipole,  446 

m  liquids,  444 
molecular  geometry  and,  446 

pressure  and,  445 Raoult's  law  and,  550 
in  smectic  phases,  511,  512 in  solids,  444 
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in  solution  formation,  530-31 
surface  tension  and,  454 
van  der  Waals  forces 

comparison  of,  452-53 
dipole-dipole,  +46,450,470 
hydrogen  bonding,  44<>, 

44M  52,  4711,  557-38 
I  ondon  dispersion,  447-49, 

152,  471) 
Internal  energy  (/  i.  Kid,  172-75,  176 
Internal  energy  change  (A(  i,  187 
International  Union  i>i  Pure  and 

Applied  (  hi  'in  1st  i a 
III  PAC  ).  51),  1070 

Internuc leu  ,i\is,  3h7 
Interstitial  alloy,  1007 
Interstitial  carbides,  976-77 
Interstitial  hydrides,  445 
Intracellulai  fluid  (l<  I  ),  876  77 
Invertase,  b25 
Invert  sugar,  1101 
Iodide  ion,  619,  620,  718 
lodine-131, 918 
Iodine  (I),  447,  949, 950,  951 

bonding  atomic  radius  of,  266 
properties  c it,  288 
reaction  w  ith  lluonne,  441 1 

Iodine  pentalluonde,  440 
Iodized  salt,  949 
lon(s),  55-57 

calcium,  I 38 
carbonate,  I  36 
charges  of,  55,  5h-57 
complex,  748-51,  |H2(i 
electron  configurations  of,  274-75, 

50h-7 
hydrogen,  I  5 1 
hydroxide,  HI,  137 
isoelei  tronk  scries  ot,  269 
molar  i  one  entrations  of,  1 47 
monatomii ,  60,  61, 1  39 
negative  Set' Anion(s) 
orientation  ol  polar  molecules 

toward,  44ii 
polyatomic,  5h,  h2 
positive.  See  C  ation(s) 
precipitation  and  separation  of, 

754-5h 
properties  ot,  56,  hi 
required  by  organisms,  59 
spectator,  124 
sulfide,  1 36 

lon-dipole  tor.  es,  1 16 
Ion  exchange  tor  water  softening,  790 
Ionic  bonds,  301,  302,  505-'/,  313 

electron  configurations  ot  ions 
and,  30b-7 

energetics  of  formation,  305-6 
polyatomic  ions,  309 
transition-metal  ions,  307 

Ionic  carbides,  47b 
Ionic  compounds,  57-59,  85 

charges  ot  ions  in,  278 
dissolution  or  precipitation  ol, 

754-41) 
eleetrolj  ti>  beha\  mm  of,  1 33 
electrolytic  strength  ot,  125 
formation  ot,  504 
lattice  energies  tor,  305-8 
names  and  formulas  ol,  60-65,  317 

solubilities  ot.  l2n-28 
in  water,  1 22-24 

I.  Mm  equation(s),  120 

complete,  124 
net,  124  50 

for  redox  reactions,  141—12 
Ionic  hydrides,  684,  444 
Ionii  radii,  2<i8-  70 

biological  chemistry  ami,  270 
Ionic  sohds,  470.  475 
lonk  strength  (ionic  -activit\  I  effects, 

745 Ionization,  perc  ent,  688-90 
Ionization  energy,  271-7h 

ol  alkaline  earth  elements,  285 

ele<  tron  affinity  \  s  ,  275  7(> 
electron  configurations  of  ions 

and, 274-75 
electronegati\  it\  ami.  512 
ot  met. lis,  278 
periodic  trends  in,  272-74 
variations  in  successive,  27 1  72 

Ionization  reac  tion  lor  weak  acids, 
Ii84  S8 

Ionizing  radiation,  915,  925 

Ion  pair,  557 
lon-produ<  l  constant,  676,  697 
Ion  produi  I  ot  w  ater,  (i7(->-78 
Indium  (Ir),  481,  428 
Iron  (I  e),  1014-15 

lorrosion  ol,  I  5,N.  847,  881-85 

prevention  ot,  882-83 
electronic  properties  ol,  484 
galvanized,  882 
in  myoglobin  and  hemoglobin. 

1054 
oxidation  ol,  141,805 

p)  rometallurgy  ot,  997-98 spei  ilk  heal  ot,  I84 
lron-56,  919 
lron-58,  910 
Iron-deficiencv  anemia,  1036 
Iron! II)  sul ode,  960 
Iron!  1 1 1 )  chloride  he\ah\  dratc,  554 
In m( III)  oxide,  957,  1 0 1  5 

Iron  pyrite  (fool's  gold)  960 
Irreversible  spontaneous  proc  esses, 

8(  16-8 

Isobutane  (2-methylpropane),  1069 
Isoelectronic  series  ot  ions,  269 
Isoleucine,  1094 
Isomerism,  391,  1058-45 

cis-trans,  395 

geometric,  1040,  1075 
optical,  1041-42.  1041-42,  1095 
sterei  (isomerism,  1 1 139-43 
strm  tural,  1054,  1069-70 

Isooctane  (2,2,4-trimethylpentane), 
1074 

Isopentane  (2-methylbutane),  1069 
Isoprene,  500 
Isopropyl  alcohol  (2-propanol),  ('8, 49-100,  478,  1084 
Isothermal  expansion  ot  gas,  810 
Isothermal  processes,  807,  808 
Isotonic  solutions,  554 
Isotopes,  45— In,  402 

abundance  ol,  48 

synthetic .  909 
•ite  suffix,  ii2,  64,  66 

II  PAC  I  International  Union  ot  Pure 
and  Applied  Chemistn  I, 50,  1070 

loinl  Institute  tor  Nuclear  Research 

(JINR),  14 
|oule,  lames,  169 
|oule(J),  169 

karst  landforms,  747 
Kelvin,  I  ord  (William  I  homson  l,  40i> 
Kel\  in  scale,  I  5-16,  406 

Kennedy,  loseph,  52 ketones,  1086 

converting  to  lactones,  744 
KevlarIM,  525 
Kidney  mac  hines,  5n2 
kilogram  (kg),  1 5 
Kilojoules  (kj),  169 

Kinetic  energy,  166,  168-69 
average,  444 

temperature  and,  4(i0 
Kinetic  -isotope  effect,  442 
Kinetic  -molec  ular  theory,  420-25,  428, 

544 

gas  laws  and,  422-23 
kinetk  s,  i  hemica!  Vc  Reac  tion  rates 
km ii  king  characteristic  s  ot  gasoline, 1074 

km  nip  \  alue,  525 
Kroto,  I  larry,  474 

Krypton  (Kr),  245,  284 
properties  ol,  284 Kyoto  Protocols,  769 

I  actic  at  id,  393,  507,  71  5,  718,  1087 
I  actic  acid-glycolic  acid  copolymers, 

507 

I  ac  tones,  744 I  ai tose,  1  101 
I  akes,  acid  ram  damage  to,  779 
I  anthanide contraction,  loll 
I  anthanides,  245 
I  anthanum  (I  a),  163,  245 
I  aser  beam,  224 
I  attice  energy,  505-8 
I  attn  e  point,  466 
I  attice  struc  ture,  i  r\  stal,  466-67 
I  aur\  I  alcohol,  5n4 
I  auterbur,  Paul,  24  I 
I  ,i\  oisier,  Antoine,  80,  44 1 ,  953 
Law,  scientific,  I  3 
I  awrence  I  ivermi ire  National  I  ab,  1 4 
I  en  hing,  444 
I  ead-ai  id  battel  ies,  878 
I  ead  1  rj  stal,  980 
I  ead  dioxide,  878 
I  ead  (I  I )  chloride,  dissolution  ot,  64 1 
I  ead  iodide,  I2n 
I  r.ul  nitrate,  126 

I  ead  (I'bl.  793,  477 
I  ead  poisoning,  1032 
I  c  c  hatelier,  I  lenri-l  ouis,  649 
I  e  (.  hatelier's  principle,  M9-58,  722 

1  atalx  s|  effects,  (i5(i-58 
1  hange  in  reac  tant  or  pi  1 11  lik  t 

concentrations,  h 50-51 

nitric  oxide  emission  control  and, 

658 temperature  c  hanges,  653-56 
volume  and  pressure  changes 

b51-55 
1  ength,  SI  unit  ot,  I  5 
I  eucine,  1044 Leukemia.  926 

I  e\  itation,  magnetic .  442 
I  e\  orotatory,  1042 
I  ew  is,  G.N  ,  502.  504.  706 
I  ew  is  ac  ids  and  bases,  706-10 

elec  tron-pair  acceptor  donor 

concept,  70h-7 metal  10ns  and,  708-10.  748-51 
Lewis  structures,  310-11,317-22,  346 

formal  charge.  520-22 I  ew  is  s\  mbols.  302-3,  310 

I  exan1NI,  742 I  ichens,  1052 
I  ite,  entrop\  and,  818 
I  igand  exchange  reaction,  lOdll 

I  igands,  102(..  1028 bidentate,  1031 

colc»r  effects  of,  1045 
m  living  systems,  1033-36 monodentate,  1031 

nomem  lature  ot.  1037-58 
pol\  dentate  1 1  hela ting  agents). 

1031-32 
weak-field  and  strong-field,  H'48 

I  igand-to-metal  charge-transfer 
1 1  \H  I  1  transition,  1052 I  ighl 

circularly  polarized,  1098 
elec  Iron  excitation  In,  385-86 
monoc  hromatic ,  224 

plane-polarized,  1042 s.  altering  b\  colloidal  particles, 
559 

speed  ol.  218 
\  isible,  218 u  .ne  nature  ot.  218  20 

I  ighl  emitting  diodes  1 1  I  I  K),  513-15 
Lighter-than-air  balloons,  407 
I  ike  dissolves  like,"  558-54 I  line  d  all  ium  oxide),  976 

I  ime  soda  process,  740 
I  imestone  Sir  Calcium  carbonate 

(limestone) 

Limestone  caves,  1 22 
I  imestone  deposits,  976 
I  uniting  reactants  (limiting  reagent), 

104  4 theoretic  al  \  ields,  107-4 I  ineai  accelerator,  912 
I  me. ir  molecular  geometry,  547,  548. 

544,  1=, I,  554,  I0i,4 

s/i  hybridization  and,  iii2 

I  ine  spec  Ira.  224-25 
Linkage  isomerism,  1 054 
I  iquid(s),  443— 45, 453-54 intermolec  ular  attrac  In  e  ton  es  in, 

444 

molec  ular  comparison  1  it  solids 

and,  444—45 
phase  changes  in,  455  ' 1  ritic  al  temperature  and 

pressure,  458-54 
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I  iquid(s)  n  oul.l 
enei  gy  changes 

accompanying,  455- 5b 
heating  curves,  456-58 

phase  diagrams,  462—64 
properties  of,  444 
surface  tension  of,  454 

vapor  pressure,  459-62 
viscosity  of,  453-54 

l  iquid  crystal  displays  (I  UK),  511 
Liquid  crystals,  510-13 

pluses  of,  511-13 
1  iter  (L),  17 
1  ithium  citrate,  284 
l  ithium  drugs,  284 
Lithium  flouride,  31  3 
l  ithium  hydroxide,  1 1)4 
Lithium  ion,  867 
Lithium-inn  batteries,  874-80 
Lithium  (1  i),  281 

electron  configuration  of,  242,  244 
1  ewis  symbol  for,  303 
molecular  orbitals  for,  376-77 

Lithosphere,  444 
Litmus,  1 34,  681 
Living  systems.  Sec  also  Biochemistry 

chiralitv  in,  1098 
metals  and  chelates  in,  1033-  36 

Lobes,  in  orbitals,  237,  23S 
Lock-and-key  model,  bl2 
London,  Frit/,  447 
London  dispersion  forces,  447-44,  432, 

470 
Low-density  polyeth)  lene  (LDPE), 

497,  499 
Lowest  unoccupied  molecular  orbital 

(LUMO),  3,S5 
I  ow  ry,  I  hi  imas,  670 
Low-spin  complex,  105(1 
Lung  cancer.  427,  928 
l.vsme,  707,  1095 

Lysozyme,  569,  61 2 

MacDiarmid,  Alan  G.,  510 
McMillan,  Edwin,  52 
Macromolecules,  448 
Ma<  roscopic  realm,  3 
Magic  numbers,  907-8 
"Maglev"  trams,  492 
Magnesite,  475 
Magnesium  (Mg),  302.  435,  1022 

combustion  of,  85,  86 
electron  affinity  of.  27b 
electron  configuration  of,  24b 
I  ewis  symbol  tor,  303 
properties  of,  2<S5 
re.u  tions  of 

with  acid,  140-41 
with  titanium  tetrachloride, 

891 

as  sai  rific  ial  anode,  882 
Magnesium  carbonate,  440 
Magnesium  diboride,  444 
Magnesium  hydroxide,  I  35 
Magnesium  ion,  1035 
Magnesium  nitride,  462 
Magnesium  oxide,  302 
Magnesium  sulfate,  532 
Magnetic  ton  es,  45 

Magnetic  levitation,  442 
Magnetic  quantum  number  (ml),  2 32, 

233 Magnetic  resonance  imaging  (MRI), 

241,  4^2,  44  3 
Magnetism,  1013 

in  coordination  compounds,  1043 
diamagnetism,  381,  382.  383 
paramagnetism,  381,  382,  383. 

1013,  1045 

Magnetite,  997 
Main-group  (representative  e)  elements, 

24d Mala<  hite,  994 
Mali<  ac  id,  669 
Malignant  tumors,  928 
Malleability,  1004 
Mammoth  Cave  (Kentucky ),  976 
Mammoth  Hot  Spring,  Yellow  stone 

National  Park,  721 

Manganese(II)  salts,  499-500 
Manganese  (Mn),  1033 
Manganese  silicide,  991 
Manhattan  Project,  422 
Manic-depressiv  e  illness  (bipolar 

affective  disorder),  284 
D-Mannose,  1113 

Manometer,  403-4 
Mansfield,  Peter,  241 
Marconi,  Guglielmo,  774 

Marley,  Ziggy,  443 Marsden,  Ernest,  42 
Mass(es),  15 

atomic,  47.  Sec  also  Stoichiometry 
average  atomic.  Sir  Atomic 

weights 
conservation  of,  38,  80 

critical,  421 
electron,  4 1 

energy  and,  4 1  6 
interconverting  mole  and,  42, 

94-95 
interconverting  number  of 

particles  and,  95-96 
molar,  42-44 calculating,  44 

defined,  43 
determining  through  colligative 

properties,  556-58 effusion  rate  and.  424 

gas  density  and,  413-15 neutralization  reaction  and,  152 
SI  unit  of,  1 5 

superc  ritical,  42 1 Mass  action,  Live  of,  632-33 
Mass  defect,  918-19 
Mass  numbers,  45-4b,  402 
Mass  percentage,  543-44 
Mass  spectrometer,  48 
Mass  spectrum,  48 
Materials,  modern,  487-527 

classes  of,  488-44 insulators  and  ceramics, 

44 1 -44 
metals  and  semiconductors, 

488-40 
for  ele<  tronics,  508-10 

plastic  electronics,  5|0 
silicon  chip,  508-4 
solar  energy  conversion,  511) 

for  medicine,  504-7 characteristics  of,  504—5 

examples  of,  505-7 

polymeric,  505 for  nanotechnology,  515—19 
carbon  nanotubes,  517-18,  434 
metals  on  the  nanoscale,  517 
semiconductors  on  the 

nanoscale,  5 1  5- Id 

for  optics,  5io-|5 
liquid  crystals,  510-13 semiconductor  light-emitting 

diocies,  5[3-]5 for  StTU(  lure,  444  504 
metals  and  c  eramics,  501-4 

polymers  and  plastics,  495-501 Matter,  2 

atomic  theory  of,  38-34 
i  lassifications  of,  4-4 

compounds,  5-8 elements,  2,  5,  (1 

mixtures,  8-4 
pure  substanc es,  5-b conservation  of  (conservation  of 

mass),  38,  80 
properties  of,  2,  9-1  3 chemical,  9 

extensive,  10 
intensive,  10 

ph\  sical,  4 physical  and  chemk al 
changes,  10-11 separation  of  mixtures,  12-13 states  of,  3 

wave  behav  ior  of,  228-31 
Matter  waves,  228 
Mean  free  path,  517 

diffusion  and,  426-27 
Measurement,  14-25 

dimensional  analy  sis,  25-24,  44, 45,  147,411 

conv  ersion  factors  in,  27 
conversions  involving  volume, 

27-24 SI  units  of,  14-20 
density,  17-20 derived,  In 
length  and  mass,  1  5 
for  speed,  lb 
temperature,  1 5-16 
volume,  16—17 

uncertainty  in,  20-25 
precision  and  accuracy,  21 
significant  figures,  21-25 

uncertainty  principle  and,  230,  23b 
Mechanical  work,  \7b-77 
Mechanism,  defined,  1074 

Medical  grade,  504-5 Medical  imaging,  241 
Medicine 

c  helating  agents  in,  1033 
i  hiral  drugs  in,  1092 
modern  materials  for,  504-7 

characteristics  of,  504-5 

examples  of,  505-7 
polymeric,  505 radiotracers  in,  418-14 Medium  steels,  1008 

Meissner  effect,  442 
Meitner,  Lise,  422 

Melting  points,  44h,  463-64 '  it  transition  metals,  100b 

Mendeleev,  Dmitri,  262-63 
Menisc  us,  454 
Mercuric  c  hloride,  570 
Men  uric  nitrate,  570 Mercury  (I  lg) 

in  environment,  14 
reaction  with  chlorine,  9b-97 
specific  heat  of,  184 Men  ury(l)  ion,  61 

Men  ury(I)  oxide,  hh2 Mesosphere,  770 
Metabolism,  103 

of  glucose,  436 
nitric  oxide  and,  384 

peroxide  ion  bv  -product  of,  457 
of  proteins,  196—97 standard  free-energy  change  in, 

833 

Mffn  isomer,  341 
Metal(s),  51,  493-95 active,  142 

ac  tiv  itv  series  of,  142-44 
alkali.  See  Alkali  metals 
alkaline  earth.  See  Alkaline  earth 

metals alloys,  493,  995 
defined,  1006 

heterogeneous,  1007,  1008 
1  n termeta  1  lie  compounds, 

1008-10 interstitial,  1007 

shape-memory,  1009 
solution,  1007 
steels,  1008 
substitutional,  1007 

as  class  of  material,  488-90 
corrosion  of,  138,  881-83 

iron,  847,  881-83 electronic  properties  of,  484 
energy  bands  in,  488 

'-block,  246 

group  trends  for,  281-8b ionic  compounds  and,  58 
ions  of,  55 

in  living  systems,  1033-36 on  nanoscale,  517 
noble,  142 
occurrence  and  distribution  of, 

994-96 
oxidation  of,  140-42 

periodic  properties  of,  277-74 
physical  properties  of,  1004 
qualitative  analysis  for,  756-59 reactions  of 

w  ith  hydrogen,  286 
with  nonmetal,  85 
with  oxygen,  287 

standard  reduction  potentials  and 
activity  series  of,  869 

for  structure,  501—1 
transition.  Sec  Transition  metals 

Metal  alkoxide,  503 
Metal  carbonates,  86 

Metal  complexes,  1026-30 
charges,  coordination  numbers, 

and  geometries,  1024-30 
metal-ligand  bond,  1028, 1045-46 
Werner's  theory  and,  1026-28 
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Metal  hydroxides,  132,  753 
Metal  ions 

acidic  solutions  and,  700 
coordination  numbers  of,  1030 

hydrolysis  of,  708-10 
Lewis  acids  and  bases  and,  748-5 1 

Metallic  bonds,  302,470,  1004-6 
electron-sea  model  lor,  1004-5 
molecular-orbital  model  for  (band 

theory),  1005-6 
Metallic  character,  277 
Metallic  elements,  51  Snwihi  Metal(s) 
Metallic  hydrides,  443 
Metallic  solids,  470,  473-75 
Metal-ligand  bond,  1028,  1045-46 
Metalloenzymes,  614 
Metalloids,  31 

periodic  properties  of,  281 
Metallurgy,  995-1003 

defined,  995 

electrometallurgy,  1000-1003 
of  aluminum,  1001 

copper  refinement,  11101-3 
of  sodium,  1001 

hydrometallurgy,  999-1000 
p  v  rometa  llurgy,  996-99 

formation  of  steel,  998-99 
ol  iron,  997-98 

Metal  oxides,  I  38 
basicity  of,  278 
ionic,  684 
reduction  of,  1022 

Metal-oxide-semiconductor  field- 
effect  transistor 
(MOSFET),  504 

Metal-to-ligand  charge-transfer 
(MLCT)  transition,  1052 

Metaper  iodic  acid,  952 
Metathesis  (exchange)  reactions, 

1 28-24 
Methanal  (formaldehyde),  369,  748, 

1  ( 186 

Methane,  67,  144,  1067  See  also 
Natural  gas 

in  atmosphere,  77.S 
combustion  of,  803 
as  greenhouse  gas,  784 
molecular  geometry  of,  352-53, 

"164 

oxidation  of,  841 
pipeline  transport  of,  416 
reactions  ot 

with  chlorine,  330-31 
with  oxygen,  81-82,  19] 

representations  of,  54 
spci  itu  heat  ot,  IS4 
structural  formula  for,  54 
structure  ol,  1068 

Methanoic  acid  (formic  acid),  706, 
I0S7 

Methanol  (methyl  alcohol),  68,  662,  664, 
706,  838,  841,  10S4,  1089 

reactions  of 
with  acetic  acid,  934 
with  deuterium  oxide,  442 
with  water,  124 

Methionine,  1094 
Methyl  acetate,  934 
Methylamine,  695,  1060 

properties  ot,  644 

Meth)  Ibenzene  (toluene),  1081 
Meth)  1  bromide,  592 
2-Methylbutane  (isopentane),  1069 
Methyl  chloride,  447,  742 
Metlu  I  etln  I  ketone  (2-butanone), 

1086 
Meth)  I  halides,  792 
Methylhydrazine,  963,  964,  991 
Methyl  iodide,  483 
Methyl  isonitrile 

conversion  to  acetonitrile,  384,  618 
isomerization  i it,  62 1 
rearrangement  to  acetonitrile, 

595-96,  344 
Methylmercury,  I1' 
Methyl  orange,  h«l-s2 
2-Methylpropane  (isobutane),  1069 
2-Meth)  l-2-propanol,  10S4 
Methj  Ipropene,  1073 
Methyl  propionate,  1Q89 
Methyl  red,  682,  735 

Methyl  (-butyl  ether  (M  ["BE),  1074 
Methyl  violet,  6K2 
Metric  units,  14-1=; 
Meyer,  I  othar,  262 

Mg(<  >H):,  741,  743-46 Microscope,  electron,  224 
Mk  instates,  812-13 
Mild  steels,  4LM,  inns 
Milk  ot  magnesia,  I  3s 
Millikan,  Robert,  40-41 
Millikan's  oil-drop  experiment,  40—4  I 
Milliliter,  17 

MilH-  prefix,  14 
Minerals,  444-43 
Mining  operations,  740 
Miscible  liquids,  537 
Mixture(s),  3,  6,  8-9 

components  of,  8 

equilibrium,  6  30 
of  gases,  417-20 
heterogeneous,  S 
homogeneous  Sec  Solution(s) 
ra<  emu  ,  1043,  1092 

separation  of,  12-13 
Moderator,  922 
Modern  materials.  Sec  Materials, 

modern 

Molal  boiling-point-elevatic  >n 
constant,  551 

Molal  freezing-point-depression 
constant,  552 

Molality,  344-46,  547 
Molar  entropies,  standard,  820 
Molar  beat  capacity,  183 
Molarity,  146-47,  344-46,  347 

interconverting  moles,  volume, 

and,  147-48 
Molar  mass,  42-44 

calculating,  44 
defined,  93 
determining  through  colligative 

properties,  33<->-3s effusion  rate  and,  424 

gas  density  related  to,  413-13 
Molar  solubility,  741 
Molai  volume,  409 
Mole,  78,  90-96 

defined,  91 

interconverting  masses  and.  42, 

44-43 
interconverting  masses  and 

numbers  ot  partii  les, 43-46 

interconverting  molarity,  volume, 

and,  147-48 
molar  mass,  42-44 

Molei  ular  (bond)  polarity,  357-60 
Molei  ular  lollisions.  426 

Molecular  compounds.  33,  3s 

binary,  66-67 electrolytic  beha\  ior  of,  1  33 
nomenclature  ot.  3 1 7 

Molei  ular  equations,  124 
for  redox  reactions,  141-42 

Molecular  formulas,  33-33 
from  empirical  formulas,  98 
ot  metal  complexes,  1024-30 

Molei  ular  geometry,  343-47 
bent,  347,  331 
covalent  bonding  and,  360-61 
defined,  350 

hybrid  orbitalsand,  361-67 
involving  if  orbitals,  365,  366 

Sp,  361-63,  366 sp  .mil  s|i  ,  363-65,  366 intermolecular  attraction  and,  446 
linear,  347,  34S,  544,  331,  334.  1(>2, 

11164 

ol  metal  complexes,  1H24-3(| 
molecular  (bond )  polarity  and, 

357-60 
molei  ular  orbitals  (MO)  and, 

373-75 

from  2p  atomic  orbitals,  377-74 
bond  order  and,  375 

in  hydrogen  molei  ulc,  373-75 
light  absorption  and,  385-86 
in  second-row  diati >mi> 

molecules,  376-86 
multiple  bonds  and,  367-73 
octahedral,  347,  344,  353  34,  355, 

363,  103(1 
seesaw,  334 
square  planar,  354,  355,  1030 
square  pyramidal,  334,  353 
letrahedral,  346,  348,  344,  330,  351, 

1030,  1064 

trigonal  bipyramidal,  347,  $53-55, 
365,  103S 

trigonal  planar,  347,  348,  344,  351, 363,  1064 

trigonal  pyramidal,  347,  344,  330, 

331 

I  -shaped,  347,  354 
valence-shell  electron  paii 

repulsion  (VSI  I'K)  model 

ot,  348-37 basis  ol,  144 
lor  larger  molecules,  336-37 tor  molecules  with  expanded 

valcni  e  shells,  333  36 
nonbonding  electrons  and 

multiple  bonds,  352-33 valence-bond  theory  ami,  361, 

363 Moleculai  hydrides,  945 
Mole,  ul. ll  ill',  344,  hon 

Molecular  orbital  diagram.  ><v 

Energy-level  diagram (molecular  orbital 
diagram) 

Molecular  orbitals  (MO),  373-75 
antibonding,  373,  574 
bonding,  373-74 
doubl)  degenerate,  380 
highest  occupied  (HOMO),  385 
lowest  unoccupied  (LUMO),  385 
molecular  geometry  and,  373-73 

from  2p  atomic  orbitals,  377-79 
bond  order  and,  375 

in  hydrogen  molecule,  373-75 
light  absorption  and,  385-86 
in  second-row  diatomic 

molecules,  376-86 

phases  in,  .378-74 

pi  (it),  378-79 
sigma  (a),  374 Molei  ular-orbital  theorv 
of  coordination  compounds,  1051 
ot  metals,  1005-6 

Molecular  perspective,  2-3 
Molecular  properties,  electron 

configurations  and.  382-8.3 Molecular  solids,  470-72 
Molecular  substances.  280 
Molei  ular  weights,  46,  48,  72,  88-84 
Molei  ule(S),  32-55 

aromatic,  324-23 calculating  number  of,  43-46 
charge  distributions  m,  31  3, 313-16 

chemical  formulas  and,  52-53 
ot  i  ompound,  3 
degrees  ot  freedom  of,  816 

diatomic,  32-33 heteronui  lear,  384-86 
electron  density  in.  304 
ol  element,  3 

optically  a<  tive,  1042 

organic ,  1064-66 (in  tunng,  34 

polar,  314 
probability  and  location  ot,  8 1 4 
properties  ol  states  and,  5 

Mole  traction,  344-46 

partial  pressures  and,  418-14 Mole  ratio,  103 
Molina,  Mario,  776 
Momentum,  228 
Monatomic  ions,  61 1, 61,  I  34 
Monet,  (  laude,  2(0 
Monochromatic  radiation,  224 
Monodentate  ligands,  1031 
Monomers,  445,  I078 
A  \ono-  prefix,  66 

Monoprotic  acids,  131,682-83 
Monosaccharides,  1101,  1114 
Montreal  Protocol  on  Substances  I  hat 

I  leplete  the  ( )zone  I  ayer ( 14S7),  777 

Moore,  c  »i  irdon,  32 1 
Moore's  law,  321 
Moselev,  I  lenry,  263 
MOSFI  I  (metal-oxide-semiconductor 

field  -effec  l  transistor),  509 
Motion,  molei  ular,  8  1  2 

Motor  oils,  viscosih  ol,  4"i  1 
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Miiller,  K.  A.,  492 
Multiple  bonds 

bond  angles  and,  352-53 
electron  domains  for,  353 

molecular  geometry  and,  367-73 
Multiple-choice  questions,  Ills 
Multiple  proportions,  law  of,  38-39 
Multiplication,  significant  figures  and, 

23 
Multiwall  carbon  nanotubes,  517 
Murad,  Ferid,  966 
Murchison  meteorite,  11  MS 
Music,  rock,  993 
Myoglobin,  1034,  1098 

Naming  compounds.  See 
Nomenclature 

Nanomaterials,  515-19 
metals,  517 
nanotubes,  18-19 

carbon,  517-18,  939 
semiconductors,  515-16 

Nanotechnology,  18-19 
Naphthalene,  459,  1081 
Natural  gas,  199,  416,  See  also  Methane 

combustion  of,  803 
conversion  of,  842-43 

Natural  rubber,  500-501 
Negligible  acidity,  t>74 
Nematic  liquid  crystalline  phase, 

311-12 
Neon  (Ne),  94b 

bonding  atomic  radius  of,  266 
electron  configuration  of,  244 
Lewis  symbol  for,  303 
light  emitted  b\ ,  224 
properties  of,  289 

\eopentane  (2,2-dimethvlpropane), 
448,  1069 

Neoprene,  524 
Nernst,  Walther,  S71 
Nemst  equation,  872-74,  871 
Net  ionic  equations,  129-30 

for  redox  reactions,  141-42 
Neutralization  reactions,  1 14-36,  137 

mass  relations  in,  1 12 
Neutral  solutions,  677 

pi  1  of,  678 
Neutrons,  42,  43,  902,  904 

mass  of,  43 
nuclear  transmutations  using, 

91 19-10 
Neutron-to-proton  ratio,  903-7 
Newton,  Isaac,  38,  422 
Newton  (N),  402 
Nickel  (Ni) 

electroplating  with,  884—85 
oxidation  of,  144 
reactions  ol 

with  hydrochloric  acid,  534 
with  oxygen,  278-79 

Nickel  and  titanium  alloy,  1009 
Nickel-cadmium  batteries,  879-80 
\k  kel  carbonyl,  4  $8,  665 
\u  kel-metal-hydride  batteries,  879-80 
Nickel  oxide,  278-79 
Nickel(Il)  oxide,  302 
Nitrate  ions 

resonan<  e  structures  tor,  323-24 

Nitric  acid,  144,  279,  682,  965-66 
reai  tion  with  copper,  1 1 

Nitric  oxide(s),  384,  605,  664-65,  782, 964-65 

in  atmosphere,  778 
controlling  emissions  of,  658 
ionization  of,  774 
reactions  of 

with  bromine,  605,  620 
with  oxygen,  816 

Nitride  ion,  962 
Nitrides,  491 

ionic,  684 

Nitrite  ions,  1039 
reaction  with  ammonium  ions  in 

water,  582-83 
Nitrito  isomer,  1039 
Nitrogen  (N),  962-67 

as  donor  atom,  1030 
electron  configuration  of,  243 

hydrogen  compounds  of,  963-64 
I  ewis  symbol  for,  303 
molecular  (N;),  13 

bonding  in,  311 
critical  temperature  and 

pressure  of,  458 ionization  of,  774 

photodissociation  of,  773 
properties  of,  771 
specific  heat  of,  184 

oxidation  states  of,  962 
oxides  and  oxvacids  of,  781-82, 

964-66 
preparation  and  uses  of,  963 

properties  of,  962 
Nitn  igen-14,  transmutation  of,  908 
Nitrogenase,  613-14,  633 
Nitrogen  bases,  1103—1 
Nitrogen  dioxide,  634-35,  782,  801, 

964,  965 

Nitrogen  fixation,  613-14,  633 
Nitroglycerin,  333,  966 
Nitro  isomer,  1039 
Nitrosvl  bromide,  664 
Nitrous  acid,  966 

properties  of,  685 
Nitrous  oxide  (laughing  gas),  964 

N204,  632 
Nobel,  Alfred,  332-33,  966 
Noble-gas  core,  244 
Noble  metals,  142 

as  catalysts,  611 
Noble  (rare)  gases  (group  8A),  56,  303, 

400,  946-47 boiling  points  of,  448 

group  trends  for,  289-90 Nodal  plane,  378 
Nodes,  231,  378 
Ni  imenc  lature 

ot  alkanes,  1070-72 
of  alkynes,  1077 ol  bonding,  3 1 7 
ol  coordination  compounds, 

1037-38 
ol  inorganic  compounds,  60-67 

acids,  65-66 
binarj  mole<  ular  compounds, 

66-67 

ionic  compounds,  60-65,  317 
of  molecular  compounds,  317 

Nomex™,  522 
Nonane,  453 
Nonbonding  atomic  radius  (van  der 

Waals  radius),  266 

Nonbonding  pair,  348 
Nonelectrolvte,  122 
Nonionizing  radiation,  925 
Nonmetallic  character,  276-77 
Nonmetal  oxides,  acidity  of,  280 
Nonmetals.  51,  937-91 

boron,  981-83 electron  configuration  ot,  242, 

246 I  ewis  symbol  for,  303 

group  4A,  972-81 .  See  also  Carbon 
(C);  Silicon  (Si) 

general  characteristics  of, 977-78 

hydrides  of,  449 group  5A,  276,  967-72.  See  also 
Nitrogen  (N),  Phosphorus (P) 

general  characteristics  of, 
967-68 

group  6A,  449, 958-62.  Sec  also Oxygen  (O) 
general  characteristics  of,  958 

group  trends  for,  286-87 occurrences  and  preparation 

of,  918-59 properties  and  uses  of,  919 sulfides,  960 

group  7A.  Sec  Halogens 
group  8A  (noble  gases),  30.3,  400, 946-17 

group  trends  in,  289-90 
hydrogen.  See  Hydrogen  (H) 
in  ionic  compounds,  58,  280 
ions  of,  55 
oxidation  numbers  of,  139 

periodic  properties  of,  279-81 , 938-41 

reactions  of,  938-41 
with  hydrogen,  286 
with  metals,  85 

Nonpolar  covalent  bonds,  312 
Nonrenewable  energy,  200 
Normal  boiling  point,  461 

Normal  melting  point,  463-64 
n-type  semiconductor,  490 
Nuclear  atom,  41-42 Nuclear  charge 

effective  (Zeff),  263-65 
ionic  radii  and,  268-69 

Nuclear  chemistry,  52,  901-35 
biological  effects  of  radiation, 

925-29 

dosage  and,  926-27 
radon,  927-29 therapeutic,  928 

cancer  treatment  w  ith,  901,909-10, 928 

elementary  particles  in,  904 
energy  changes  in  nuclear 

reactions,  916-20 
nuclear  binding  energy,  918-20 

hssion,  920-24 
reactors  using,  921-24 
u  aste  from,  923 

fusion,  924-25 

nuclear  stability  patterns 
even  vs.  odd  number  of 

nucleons,  907-8 
magic  numbers  and,  907-8 
neutron-to-proton  ratio,  905-7 
radioactive  series  (nuclear 

disintegration  series),  907 
nuclear  transmutations,  908 
radioactive  decay,  902,  906 

rates  of,  910-15 

types  of,  903-5 
radioactivity,  901,902-5 

detection  of,  915-16 
Nuclear  energy,  199-200 
Nuclear  equations,  902-3 Nuclear  magnetic  resonance  (NMR), 

241 
Nu<  I. mi  reac  tions  So  Nu<  lear 

chemistry 

Nuclear  spin,  magnetic  resonance 
imaging  (MRI)  and,  241 

Nucleic  acids,  1103-7 
Nucleons,  902,907-8 
Nucleotides,  1103 
Nucleus,  atomic,  42 

diameters  of,  44 
shell  model  of,  908 

Nuclide,  902 
Numbers exact  and  inexact,  20 

rounding  off,  24 

Nylons,  496,  497-98,  522,  523 

Oceans,  785-87 Octahedral  complexes,  electron 

configurations  in,  1049-50 Octahedral  coordination  sphere,  1031 
Octahedral  crystal  field,  1046 
Octahedral  geometry,  347,  349,  353-54, 

355, 1030 
d-orbital  hybridization  and,  365 

Octane,  67 
viscosity  of,  453 

Octane  number  of  gasoline,  1074 
Octet  rule,  303 

exceptions  to,  325-28 
OH  group,  acid-base  equilibria  and, 

702,  704 
Oil 

combustion  of,  778-79 
crude  (petroleum),  103, 199, 

1073-74 
Oil-drop  experiment,  Millikan's,  4i  > — 1 1 
Oil  paints,  261 
Olestra™,  540 
Omega  Nebula,  1 
Onnes,  H  kamerlingh.  491 

Opsin,  372 Optical  isomers  (enantiomers), 
1041-12,  1091-92,  1095 

Optically  active  molecules,  1042 

Optics,  materials  for,  510-11 
liquid  crystals,  510-13 
semiconductor  light-emitting 

diodes,  513-15 (  irbital  diagram,  240 

Orbital  overlap,  360-61 
covalent  bonding  and,  360-61 
in  multiple  bonds,  367-73 
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Orbitals 
degenerate,  239,  243 
energies  of,  238-39 
hvbnd,  molecular  geometry  and, 

361-67 
molei  li l.i r  Sir  Molei  ular  orbitals 

(MO) 
\  alence,  2d  I 

(  Ire-,,  994 
Organic  chemistry,  60, 67-69,  1064-93 

chirality  in,  1091-93 
compounds  u  itli  carbon)  I  group, 

1086-91 
aldehydes  and  ketones,  1086 
amines  and  amides,  1090-92 
carboxylk  acids,  1087,  1089 
esters,  1088-90 

functional  groups,  1065,  1082-85 
alcohols,  1084-85 
ethers,  1085 

gener.il  characteristics  ot  organic 
molecules,  10(i4-6(i 

hydrocarbons,  537,  I0fib-fi7 
alkenes,  1066,  1075-76, 

11)77-79 
alkynes,  1066, 11)77-74 
aromatic,  1066,  1081-82 
branched-chain,  10(i9-70 
as  pollutants,  7S2 
saturated  (alkanes),  67,  68, 

1066,  1067-74,  1084 
straight-chain,  1068,  1069 
unburned,  hi  I 

Organic  dyes,  385-86 
azo,  345 

Organic  LCDs  (OI  I  IX),  514-15 
Orientation  factor  m  reaction  rates, 

594 
Ortho  isomer,  39] 
Osmium  tetroxide,  1021 
Osmosis,  553-56 

reverse,  786-87 
Osmotic  pressure,  553-54 
Ostwald  process,  965 
-c'l/s  suffix,  61,  66 
Outer-shell  electrons,  244 
Outer-shell  ( \  alence)  orbitals,  26 1 
Ov  erall  reaction  order,  583 
Overlap,  orbital 

covalent  bonding  and,  360-61 
in  multiple  bonds,  367—73 

Oxalate  ion  (C2042) 
reai  tion  betw  een  permanganate 

ion  (Mn04)  and,  851-52 
Oxalic  acid,  669,  1087 

acid-dissociation  constant  of,  692 
Oxidation,  I  38-39 

of  alcohols,  1087 
of  glucose,  102-3,  436,  833 
of  metals,  278 

Oxidation  numbers  (oxidation  states), 322 

ot  transition  metals,  1-12 
Oxidation  reactions,  88 
Oxidation-reduction  (redox)  reactions, 

120,  137-44,  847,  848-55 
activity  series  and,  142-44 
balancing,  850-55 

in  basic  solution,  854-55 
half-reaction  method,  850-54 

in  batteries,  878 
corrosion,  881  -83 

ot  iron,  847,  881-83 
defined,  1  37 
disproportionation,  896,  958 
electron  movement  in,  847,  849, 

850-51,  856,  8d0 
free  energy  and,  868—71 
molecular  and  nel  ionk  equations 

for,  141-12 oxidation  numbers  (oxidation 

states),  13M-4D oxidation  ol  metals  bv  acids  and 
salts.  140-42 

spontaneity  of,  855,  8ih.  859, 
868-70 

in  voltaic  cells,  855-60 
concentration  cells,  874-77 
emf  in,  860-68 

Oxide(s),  491,  455-57 ,n  idic,  955 

amphoteric,  7^2-s3 
of  boron,  981-82 
of  carbon, 473-75 
ot  nitrogen.  964-66 
of  sulfur,  960-62 

( )xidizing  agents  (oxidants),  844. 
866-68 

Ox\ acetylene  torch,  454,  1077 

Oxyacids,  704-5 
of  halogens,  95] -52 
of  nitrogen,  4h4-fifi 
of  sulfur,  960-62 

( K\  anions,  f>2,  63 

of  halogens,  45] -52 
as  oxidizing  agent,  867 
of  sulfur,  960-62 

Oxy  compounds  of  phosphorus, 
969-71 

Oxygen  (O),  2,  8,  261,  262,  286-87, 
953-58 

allotropes  of,  453  Sec  also  ( >zone 
blood  pi  I  regulation  and,  73] 
Lewis  symbol  for,  303 
molecular  IO:),  32,  53 

bonding  in,  383 
combustion  reactic ins  with,  940 
critical  tempei  ature  and 

pressure  of,  458 
ionization  of,  774 
photodissociation  of,  773 
properties  of,  771 oxidation  number  ot,  139 

oxides  of,  955—57 
as  oxidizing  agent,  867 

peroxides  and  superoxides,  957-58 
preparation  of,  453 
properties  of,  287,  953 

'  reactions  i it 
with  alkali  metals,  2S2 
dissolution  in  water.  788-89 
with  hydrogen,  880 
u  ith  metals,  287 
with  methane,  81-82,  19] 
with  nickel,  278-74 
with  nitric  oxide,  8 1 6 
with  sulfur  tetrafluoride,  395 

use^  i >t,  953-54 

Oxygen-demanding  wastes,  788 

Oxygen  group  (group  6A)  Set'  Croup 6A  elements  (chalcogens) 

Oxyhemoglobin,  780-81,  1034-35 i-  )x\  m\  oglobin,  1035 
Ozone.  52-53,  2S7.  344,  953,  4?4-s3 

electron-distribution  diagram  for, 

molecular  structure  for,  523 
in  phohK  henik  al  smog,  782 
reaction  with  chlorine.  776 
structure  ot.  954 
uses  ol.  955 

in  water  treatment,  784,  7M4 
( (zone  layer,  774  -78 

depletion  ot.  776-77,  955 
halogen-containing  molecules 

and,  592 

photodecomposition,  775 

Pacemaker  cells,  876-77 
Pacemakers,  895 

Pacific  yew,  343-4n Paper  chromatography,  13 

Paraffin,  4^1 I'tiiti  isomer,  39] 
Parallelepipeds,  41* 
Parallel  spins,  245 
Paramagnetism,  382.  383,  1013.  104s 

Paraperiodic  acid.  952 Partial  charges,  322 

Partial  pressure,  417-20 
mole  tractions  and,  418-14 

Partu  le  accelerators,  14,  404 
Parts  per  billion  (ppb),  s43-44 
Parts  per  million  (ppm),  543-44,  771 
Pascal,  Blaise,  402 
Pascal  (Pa).  402.  404 
Pasteur,  I  ouis,  1043 
Pattern  recognition,  60 

Pauli,  Wolfgang,  234 
Pauli  exclusion  principle,  234,  240,  374 
Pauling,  I  inus,  312,  1097 
PCI-,,  327 
Pearlite,  1008 
Pentane,  448,  1069,  1070 
Pentium  4  processor  computer  chip. 

308,  509 Pent)  I  acetate,  1088 

Peptide  bond,  1096-97 
Percentage  composition,  89-40 Percent  ionization  ot  weak  a<  id, 

(188-90 
Percent  yield,  107-8 
Perchloric  a.  id,  704-5.  9^2 
Periodic  acids,  952 
Periodic  properties  ot  elements,  49-50, 

261 -99 atomic  radii,  265-70 effecth  e  nui  lear  charge  (/,.|t), 
263-65,  267 

ele<  tron  affinities,  275—76 
group  trends  tor  active  metals, 

28 1 -8b alkali  metals  (group  I  A), 

281-84 alkaline  earth  metals  (group 

2A),  285-8(i group  trends  tor  nonmetals, 
28h-9(),  938-41 

halogens  (group  7A  2s^ hvdrogen,  286 

noble  gases  (group  8A),  284-40 
oxygen  group  (group  6A  1 

28d-87 ionk  radii  and.  2h8-70 

biological  chemistn  and.  2~0 ionization  energy,  271-76 

electron  configurations  ot  10ns 

and. 274-7^ periodic  trends  in,  272-74 \  ariations  in  successh  e, 

271-72 
metalloids.  281 

metals.  277-79 nonmetals.  279-81 
Periodic  table,  6,  49-52,  217.  261-63 

de\  elopment  ot,  2ii2-d3 elec  lion  configurations  and. 

24(i-44 
groups  in,  50-51 ionic  charges  and,  57 
metallic  elements  or  metals,  51 
metalloids,  5] 
nonmetallic  elements  or nonmetals.  51 

periods  ot,  44-50 
transuranium  elements,  52 

Periods,  44-50 Permanent  magnet,  1013 
Permanganate  ion  (M11O4),  1052 

reaction  with  oxalate  ion  (OOj"), 
852-53 

Permeator,  787 
Perovskite,  481 
Peroxides.  287,  957-58 
Peroxy  disulfate  ion,  620 
Pel  -  prefix,  (i2,  63 
Perspec  five  draw  ing,  ̂ 4 
Perspiration,  188 
"Petaflop"  computers,  442 
Petroleum  (crude  oil),  103,  199, 

1073-74 pi  I  Sec       Acid-base  equilibria; 

Aqueous  equilibria 
of  buffer.  728-24 
calculating  acid-dissociation 

constant  from,  685—87 
calculating  from  acid-dissociation 

constant,  687-91 s.ilt  effects  on,  699-702 
solubililc  and,  74s-48 
titration  1  urve,  732 

Phase  changes  111  liquids,  455-59 
critical  temperature  and  pressure, 

458  59 energy  1  hanges  accompany  ing. 
455-5(, 

heating  curves,  45h-58 
Phase  diagrams,  4d2-d4 Phases  m  atomic  and  molei  ular 

orbit, ils,  378-79 Phenol,  472,  1084.  1085 
Phenol  ac  id,  685 

Phenolphthalein,  I  53,  682 
Phenylac  etic  ac  id,  715 
Pheiu  lalanine,  1063,  1094 
Pheiu  lamine  (aniline),  1090 
Phem  Iketonuria  (PKL  ),  1063 
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Phenylmethanamide  (benzamide), 
L091 

Phenyl  methanoic  acid  (benzoic  acid), 
685,  706,  1087 

pH  meter,  681,  732,  898 
Phosgene,  334,353,  638,  792 
Phosphate  ion,  Lewis  structures  for,  v 

328 
Phosphates 

insoluble,  757 
.is  sequestering  agents,  11)32 

Phosphine,  458 
Phosphoric  acids,  970,  471 

acid-dissociation  constant  of,  692 
Phosphorous  acid,  neutralization  of, 

734 Phosphors,  916 
Phosphorus  halides,  968 
Phosphorus) III)  oxide,  969,  970 
Phosphorus  (P),  467-71 

allotropes  of,  968 
Lewis  symbol  for,  303 
occurrence,  isolation,  and 

properties  of,  968 
oxy  compounds  of,  969-71 
silicon  doping  with,  49ii 

Phosphorus  pentachloride,  662 
Phosphorus  trichloride,  662 
Phosphorus  trihalides,  395 
Phosphorus(V)  oxide,  969-70 
Photochemical  decomposition,  965 
Photochemical  smog,  611,  781-82 
Photoconductivity,  510 
Photocopy  machines,  959 
Photodecomposition,  775 
Photodissociation,  772-73 
Photoelectric  effect,  221,  222-23 
Photoelectron  spectroscopy  (PES),  298 
Photographic  plates,  effect  of  radiation 

on,  915 
Photoionization,  774 
Photolithography,  509 
Photons,  220-23, 904 
Photoreceptor  cells,  372 
Photosynthesis,  1035 
Photovoltaic  devices  (solar  cells),  201 

p]  1  range,  728-29 
pi  I  scale,  678-81 

measuring,  681-82 
other  "p"  scales,  681 

Physical  changes,  10-11 
Physical  properties,  9 
Pi  1 77 )  bonds,  367-73,  385-86,938, 939 

in  chemistry  of  vision,  372 

conjugated,  385-86 
delocalized,  370-71 
in  double  bonds,  3h7-68 
strength  of,  361 
in  triple  bonds,  369 

77  rlc<  trons,  delocalized,  385 
Pig  iron,  497 
Pigments,  261 
Pi  (77)  molec  ular  orbitals,  378-79 
Pipelines,  gas,  416 
Pi  pets,  17 
Planck,  Max,  221,225-26 
Planck's  constant,  221 
I  'I. me  pi  >l.ii  i/i-d  light,  I  I.1 
Plankton,  19 
Plastic  i  ars,  502 

Plastic  electronics,  510 
Plasticizers,  500 

Plastics,  445-501 
polyc  arbonate,  446 
recycling,  497 
thennoset,  505 

Platelets,  506 

Plato,  38 
"Plum-pudding"  model,  42 
Plunkett,  Roy  J.,  1078 
Plutonium  (Pu),  52,  245 

Plutonium-239,  923 
Polar  covalent  bonds,  312 Polarity 

bonding,  312-15 
molecular  (bond),  357-60 
proton  transfer  reactions  and, 

702-3 solubility  and,  537 

Polarizability,  447-48 
Polarization  of  light,  circular,  1098 
Polar  molecules,  314 

orientation  toward  ions,  446 
Pollutants 

carbon  monoxide,  780-81 
chlorofluorocarbons  (CFCs),  474, 

592,  776 
hydrocarbons  as,  782 

nitrogen  oxides,  781-82 
sulfur  dioxide,  778-79 
in  urban  atmosphere,  778 

Pollution 

smog,  781-82 
thermal,  542-43 
water,  788 

Polonium  (Po),  287,958-62 
Polonium-218,  928 
Polyacetvlene,  518 
Polyaerylonitrile,  522 
Polyatomic  ions,  56,  62 
Polycarbonate  plastics,  496 
Polychloroprene,  522 
Polydentate  ligands  (chelating  agents), 

1031-32 
Polyethylene,  68,  495-96,  497,  498-99, 

527 
Polyethylene  terephthalate  (PET),  496, 

497,  506,  791 
Polyhydroxyl  alcohols,  1085 
ns-Polyisoprene,  500 

Polymer(s),  495-501,  1078 
biopolymers,  505,  1093-94 
commercially  important,  496 
conducting,  518 
cross-linking  of,  500 
elastomeric,  844 
engineering,  502 

making,  495-98 
plastic  cars,  502 
programmable,  507 
structures  and  physical  properties 

of,  498-501 

types  of,  495 Polymerization,  495,  499 
addition,  495-96,  843,  1078 
condensation,  496,  505 

Polymetaphosphoric  acid,  470 
Polypeptides,  1096-97 
Polyphenylene  ether  (ppe),  502 
Polypropylene,  391-92,  496,  497 

Polvprotic  acids,  691-93 titrations  of,  739 

Polysacc  harides,  1101-3 
Polystyrene,  496,  497 
Polytetrafluoroethylene  ( let  Inn 1  '), 506,  526,  791,  444,  1078 

Polyurethane,  496 
Poly(vinyl  alcohol),  357 
Polyvinyl  chloride  (PVC  ),  496,  497, 

500,  666,  949 

p  orbital,  237 Porphine  molecule,  1033 

Porphyrins,  1033-34 Positron,  904,  906 

Positron  emission  tomography  (PI  I  |, 

918-14 Potassium  (K),  244,  281,  283 
reaction  with  sodium,  84 

Potassium  chlorate,  419 
Potassium  chloride,  816 
Potassium  dichromate,  302 
Potassium  hydrogen  phthalate  (M  IP), 

765 
Potassium  iodide,  126 

Potassium-ion  concentration,  843 
Potassium  ions,  876 
Potassium  nitrate,  126 
Potassium  sorbate,  716 
Potassium  superoxide,  957 
Potential  difference,  860 

Potential  energy,  166,  168-64 
Practice,  importance  of,  29 
Praseodymium  (Pr),  245 
Precipitate,  126 

Precipitation,  120,  126-30,  137 
exchange  (metathesis)  reactions, 

128-29 of  ionic  compounds,  739—40 
solubility  guidelines  tor, 

126-28 
ionic  equations,  129-30 
of  ions,  754-56 
selective,  754-56 

Precision,  accuracy  vs.,  21 
Prefixes  used  in  metric  system,  14 
Pressure,  179,422 

atmospheric,  179,  401-4,  770 standard,  402 
blood,  404 

critical,  458-59 
equilibria  and,  651-53 

gas,  421 
intermolecular  forces  and,  445 

osmotic,  553-54 

partial,  417-20 mole  fractions  and,  418-19 
real  vs.  ideal  gas  behavior  and,  427 

solubility  and,  541-42 
spontaneous  processes  and,  805 

vapor,  459-62 Pressure  cookers,  461 
Pressure-volume  (P-V)  work,  177,  179 
Pressure-volume  relationship,  404-6 
Priestley,  Joseph,  953 
Primary  structure  of  protein,  1097 
Primary  valences,  1027 
Primitive  cubic  unit  cell,  466-67 
Principal  quantum  number  ( // ),  226, 

227  2.32  233 

Probability,  entropy  and,  814 

Probability  density,  231,  236,  378 
Problem  solving  strategies,  90 
Procter  &  Gamble  Company,  540 
Products,  80,  173 

calculating  amounts  of,  102-3,  104 
from  limiting  reactant,  106-7 

enthalpy  change  and  state  of, 

181-82 states  of,  84 

Programmable  polymers,  507 Proline,  1094 

Promoting  electrons,  362 
Propane,  67,  199,438,  1067 

combustion  of,  87 
critical  temperature  and  pressure 

of,  458 

properties  of,  447 rotations  about  carbon-carbon 
single  bonds  of,  1069 

1,2,3-Propanetriol  (glycerol),  1084, 1085 

Propanol,  68 
2-Propanol  (isopropyl  alcohol),  68, 99-100,  478,  1084 

Propanone  (acetone),  483-84,  537, 1086 
Propene  (propylene),  839,  1075 Property,  2 

Propyl  alcohol,  478 
Propylamine,  482 

Propylene,  391-92 Propy  lene  glycol,  568 

Protein(s),  59, 495,  505, 1094-98 
ammo  acids,  505, 1094-95 

amphiprotic  behavior  of,  707 side  chain  of,  561 
structure  of,  707 

D.\'A  structure  and  synthesis  of, 
1105 

fibrous,  1098 

globular,  1034, 1098 
metabolism  of,  196-97 

polypeptides  and,  1096-97 structure  of,  523, 1097-99 Protium,  941,942 
Proton(s),  42,  43,  902, 904 

charge  of,  43 
mass  of,  43 
in  water,  131 

Proton-transfer  reactions,  671-72, 
674-75,  685,  940 

polarity  and,  702-3 Proust,  Joseph  Louis,  8 
( )  symbol,  231 

p-tvpe  channel,  509 
p-type  semiconductor,  490 
Pure  substances,  5-6 

crystalline,  818-19 Putrescine,  698 

Pyridine,  694,  1056 
Pynte  (fool's  gold),  465,  960 Pyrolvsis,  974 

Pvrometallurgy,  996-99 
formation  of  steel,  998-99 

of  iron,  997-98 
Pyrosulfuric  acid,  960 
Pyruvic  acid,  1106 

Qualitative  anah  sis  for  metallic 

elements,  756-59 
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Quantitative  analysis,  756 
Quantity-volume  relationship,  407-8 
Quantization  of  energy,  22(1-21 
Quantum,  22 1 
Quantum  dots,  1 16,  515,  516 
Quantum  nice  hanics,  2 1 7,  23 1  -34 
Quantum  number,  226,  227,  22s, 

232-34 
azimuthal  (/),232,233 
magnetic  (       232,  233 
principal  I  n ),  232,  233 
spin  magnetic  I  m  ),  23m,  241) 

Quantum  theory,  217 
Quantum  wells,  516 
Quart/,  465-66,  472,  980 
Quartz  glass  (silica  glass),  465,  980 
Questions  in  tests,  types  of,  108-9 
Quicklime  d  ale  ium  oxide),  976 

Racemic  mixtures,  1043,  [092 
Rad,  426 
Radial  probability  density,  234 
Radial  probability  function,  234-33, 

236 
Radiant  energy,  218,  772 
Radiation,  188 

alpha  (a),  902,  903,  404,  906,  423 
background,  927 
biological  effec  tsof,  423-24 

dosage  and,  926-27 
radon,  427-24 
therapeutic,  928 

black-body,  22(1-21 
electric  field  and,  41 
electromagnetic,  218,  214 
emission  of,  402 
ionizing,  9 1 5,  423 
monochromatic,  224 
nonionizing,  925 
types  of,  4 1 

Radioactive  decay,  402,  906 
neutron-to-proton  ratio  and,  406 
rates  ot,  41(1-13 

dating  methods  using,  911—15 
half-life  and,  910-11,  912-15 

types  of,  403-3 Radioactive  series  (nuclear 
disintegration  series),  907 

Radioactivity,  41,901,  902-5 
detection  of,  413-16 

Radiocarbon  dating,  911-15 
Radioisotopes,  402 

half-lives  and  typeol  decay  for, 
911 

in  radiation  therapy,  928 
in  tracers,  9 1 6 

Radionuclides,  402 
Radiotracers,  916 

medical  applications  of,  918—19 
Radium  (Ra),  246 
Radium-226,  432 
Radius.  Set  Atomic  radius/radii;  Ionic 

radii 
Radon,  427-24 

properties  of,  289 
Rainwater,  747,  774 
Randomness,  808.  Sec  also  Enrropy(ies) 
Raoult's  law,  548,  530 
Rare  earth  elements,  243 

Rate  constant,  583,  585,  586,  547 
Rate-determining  (rate-limiting)  step, 

602-3 Rate  laws.  583-91 
differential,  587 

for  elementary  steps.  599-600,602 
exponents  in,  3K3-K3 II  ti  >n<  entration  and,  679 

initial  rates  to  determine,  5.H3-X7 
for  multislep  mechanisms,  602-3 
units  of  rate  constant,  585 

Rea<  tants  (reagents),  80,  173 
cak  ulating  amounts  of,  102  3,  104 
enthalpy  change  and  state  of, 

181-82 
em  ironmentally  friendly,  741-42 
excess,  I 
limiting  (limiting  reagents),  104-4 

theoretic  al  yields,  107-4 
phy  sical  state  of,  576 stales  of,  S4 

Re.K  tloll(s),  74 
acid-base,  120,  128,  131-37.  Seen/so 

Acid-base  equilibria 

electrolytes,  133-34 
with  gas  formation,  136  37 
neutralization  reactions  and 

salts,  134-36,  1  57 
addition 

of  alkenes  and  alky  nes, 

1077-80 
mechanism  of,  1079-80 

of  alkanes,  1073-74 
analy  /mg,  143 
aqueous.  Sec  Aqueous  equilibria; 

Aqueous  reactii >ns; 
Aqueous  solutii  in(s) 

bimolecular,  600,  602 
carbon)  latum,  S42,  1087 
chain,  421 
chemiluminescent,  543 
combustion,  SI),  87—88,  140 

of  alkanes,  1074 
balanced  equations  for,  us 
with  oxygen,  440 

condensation,  447,  303,  970,  1085 
with  alcohol,  1088 

decarboxylation,  840 

displacement,  140-41 
driving  nonspontaneous,  833 
enthalpies  (AHrxn)  of,  193-96, 

330-33 
entropy  changes  in,  820-22 
first-order,  587-89,  591 
formation,  142-93 
Friedel-Crafts,  1082 
gas  \  c  ilumes  in,  415-16 
hall-lite  of,  591-93,910-11,912-15 
invoh  mg  nonmetals,  938—41 
ligand  exchange,  1060 
mechanisms  of.  Sec  Reaction 

mechanisms 
nuclear  See  Nuclear  chemistry 
predicting  direction  of,  646-47 
proton-transfer,  671-72,  674-75, 

685,  440 
polarity  and,  702-3 rates  of.  Sec  Reaction  rates 

redox.  See  Oxidation-reduction 
(redox)  reactions 

second-order,  583,  589-91,  593 
solution  formation  and.  534 
spontaneity  of  Sec  Spontaneous 

processes substitution,  1081 
termolecular,  600,  602 
thermonuclear,  424 
unimolec  ular,  599  600.  602 

Reaction  mechanisms,  599-607 
defined,  599 
elemental  \  steps.  599-600,  602 

rate'  laws  fur,  599-600,  602 
with  initial  fast  step,  605-7 
multislep,  600  601 

rate'  laws  for,  602-3 

Reaction  orders,  3s  ;  84 
Reac  lion  quotient  i  Q  I,  646,  823,  872 

solubility-produi  t  constanl  and 

( K_;l),  734 
Reaction  rales,  575-627,803 

catalysis  and.  "7,  607  I  3 
enzymes,  377,  6 1 1 
heterogeneous,  609-  10 
homogeneous,  607-8 

concentration  and,  576,  579, 

582-93 
c  hange  vv  ith  lime,  587-93 
rate  laws,  583-91 

defined,  377 
fac  tors  affecting,  576-77 
instantaneous  (mill. il  rate),  579 

spectroscopic  methods  to  measure, 

581 stoichiometry  and,  580—82 
temperature  and,  576,  593-99 

ac  ti\  ation  energy,  545-46 
Arrhenius  equation  tor,  596—97 
collision  model  ol,  "7,  594 'Mentation  fac  tor  in,  594 

time  and,  377,  579-80,  587-92 
Reac  tivity,  patterns  of,  85-88 

combination  and  decomposition 

reactions,  Ss-N7 
combustion  reactions,  S7-8K 

Reac  tors,  nu(  lear,  421  24 
Reagents  See  Reactants  (reagents) 

Recycling  plastics,  447 Redox  reactions  See  Oxidation- 
reduction  (redox)  reactions 

Reducing  agent  (reductant),  849, 

866-68 Reduc  tion  See  (.  )xidation-reduction 

(  red(  ix )  reac  tu  His 

Refining,  997,  1073-74 Reinitzer,  Frederic  k,  511 
Relative  biologic  al  effe<  tiveness  ( RBI  I, 426-27 

Relative  humidity,  484 

Relath  itv,  theory  ol.  13 
Rem,  427 
Remsen,  I  ra,  1 1 
Renewable  energy,  200 
Representative  ( main-group) elements,  246 
Resonanc  e  slruc  hires,  322-25,  370 

in  benzene,  324—25 
in  nitrate  ion,  323-24 
in  ozone,  322-23 

Retina,  372 
Retinal,  372 

Rev  erse  osmosis,  786-87 
Reversible  spontaneous  processes, 

806-8 

Rhodopsin,  372,  386 
Ribonuclease  A  1 1 1  5 
Ribose,  1103 
Rio  de  laneiro.  Brazil,  769 
RNA  ( ribonucleic  acid ),  1 103 

Roasting,  446 Rock  music  ,  993 
Rods.  372 
Roose\  ell.  I  ranklin  D  .  922 

Root  mean-square  (rms)  speed,  421-22 
Rotational  motion,  812,  SIN 
Rotations  about  bonds,  1069,  1076 
Rounding  otl  numbers,  24 
Row  land,  I  Shci  w ood,  776 
Rubber,  natural,  500-501 

Rubidium-81,  404 Rubidium  (Rb),  245,  2SI,  283 

Rusting  Sec Corrosii '11 

Rutherford,  I  )aniel,  L'n2 Rutherford,  I  rnest,  41.  42.4V  224.  225. 

908,  432 Rutile,  481,995 

Rydberg  constant.  22s,  226 
Rvdberg  equation,  225,  227 

Saccharin,  7|s 
Sacrificial  am  ide,  ss2 St  hide  v  alv  e.  506 

Salicylic  acid,  loss Salinity,  785 
Saltls)  Sec  alio  Sodium  chloride 

acid,  64 S acid -base  reactions  and,  134-36 

.1,  id  hydrolysis  ol.  708-9 
chlorate,  432 
defined,  1  Vf 
dissoh  ing  of,  816 

hv  pochlorite,  952 

iodized,  444 oxidation  of  metals  by,  140-42 
solubility-pl  I  relationship  in,  74S 

Salt  budge,  Ss7 
Saltpeter,  462 
Salt  solutions 

ac  id-base  properties  ol,  699-702 
anion  reaction  with  watei, 

699-700 
c  ation  reac  lion  with  w  ater,  700 
combined  cation-anion  effect, 

700  702 

conducti\  il v  ol,  1 22 

Saponification,  I0S4 s  atomic  orbital,  234-37 
contour  representations  of,  235-36 
radial  probability  tunc  tion  lor, 234-33,  236 

Saturated  hydrocarbons.  Sec  Alkanes 
Saturated  solution,  535-36,  740 
Saturn,  286 
Scaffold,  for  artificial  tissue  growth, 

307 

Scale,  74(1 Sc  hrieffer,  Robert,  493 

Sc  hriidinger,  I  rw  in.  231 

Schrodinger's  wave  equation,  23 1 ,  236 
Scientific  law,  I  3 



1-18  Index 

Scientific  method,  13 
Scintillation  counter,  416 
Screening  constant  (S),  264 
Screening  (shielding)  of  ele<  trons,  264 
Seaborg,  Glenn,  52 
Seaborgium,  ?2 
Seawater,  121,  785-86 
Secondary  structure  ot  protein,  1047 
Secondary  valences,  1027 
Second  ionization  energy  ( ),  271 
Second-order  reactions,  583,  584-41 

half-life  of,  593 
Seesaw  geometry,  354 
Selective  precipitation,  754-5b 
Selenium  (Se),  958-62 

properties  of,  2S7 
Semiconductors,  281,488-90 

doping  of,  440 
electronic  properties  of,  4SL> 
energy  hands  in,  488 
light-emitting  diodes,  513-1? 
on  nanoscale,  515—16 

Semipermeable  materials,  553,  562 
Sequestering  agents,  11132 
Serine,  1095 
Serotonin,  lib 

Seven-Up'  ,  2S4 
Shape,  molecular.  Sec  Molecular 

geometry 
Shape-memory  alloys,  1004 
Shell  model  of  nucleus  908 
Shielding  (screening)  of  electrons,  264 
Shirakawa,  fiideki,  510 
Shivering,  188 
Sickle-cell  anemia,  561 
Side  chain,  amino  acid,  561 
Siderite,  975 
Siderophore,  1036 
Sievert  (Sv),  427 
it  symbol,  194 
Sigma  {it)  bonds,  367-68,  373 
Sigma  (it)  molecular  orbitals,  374 
Significant  figures,  21-23 

in  calculations,  23-25 
Silii  a 

amorphous,  504 
reaction  with  hydrofluoric  acid, 

45(1 

Silii  a  glass  (quartz  glass),  465,  980 
Silicates,  441,  978-SI) 
Silicon  (Si),  281,487,  527,  434,  477 

doping  of,  440 
electronic  properties  of,  4X4 
Lewis  symbol  for,  303 
occurrence  and  preparation  of,  47.N 
semiconductor,  5 1 5 
solar  energy  conversion  using,  510 

Silicon  carbide  (C  arborundum 1 M),  441 , 
523,  477 

properties  of,  441 
Silu  on  .  hip,  508-9 
Silicones,  981 
Silicon  nitride,  504 
Silicon  tetrat  hloride,  73 
Silver  (Ag) 

electronic  properties  of,  489 
on  nanoscale,  517 
oxidation  of,  142 
reaction  with  copper,  142-43 
sterling,  529 

Sih  er  chloride,  666 

Simple  cubic  (primitive  cubic),  466-67 Sine  function,  378 
Single  bonds,  311,  1065 

length  of,  333 
rotations  about,  1069 

Single-strand  silicate  chain,  474 
Single-walled  carbon  nanotubes,  517 
Sinkholes,  747 
Sintering,  503 

Si02,  489,  46S 
si  units,  14-20 

density,  17-20 deri\  ed,  16 
length  and  mass,  1 5 
lor  speed,  16 

temperature,  15-16 
\  olume,  16-17 

Skin,  laboratory-grown,  507 
slag,  447,  498 
Slurry,  781) 
Smalley,  Richard,  474 "Snwt"  sutures,  507 

Smectic  liquid  crystalline  phases,  5|  | , 
512 

Smell,  346 
Smelling,  446 

Smog,  photochemical,  611,  781-82 
Society  of  Automotiv  e  Engineers 

(SAE),  433 
Soda-lime  glass,  980 
Sodium  (Na),  281,  283,  475 

effective  nuclear  charge  of,  264 
electron  configuration  of,  243-44 ions  of,  35 

Lewis  symbol  for,  303 

liquid,  4*4 reactions  of 

with  chlorine,  0'0V4 
with  potassium,  84 

Sodium  acetate,  536 
Sodium  amalgam,  570 
Sodium  ammonium  tartrate,  1043 
Sodium  azide,  86 

Sodium  borohydride,  48] 
Sodium  chloride,  301 

crystal  structure  of,  304,  467-69 dissolution  in  water,  530 
electrolysis  of 

aqueous,  883-84 molten,  883 
foi  marion  of,  57-58,  304 
formula  unit  of,  84 

Sodium  chlorite, 
Sodium  chromate,  1014 
Sodium  hydroxide,  670 

reaction  with  hydrochloric  acid, 
134 

Sodium  hypochlorite,  643,  444 
Sodium  propionate,  1084 
S«  idium  stearate,  561 > 
Sodium  thiosulfate,  pentahydrated 

s.ilt  of  ("h\  po"),  961 
Sodium  tripolyphosphate, 970,  1032 
Softening  of  water,  740 
Solai  cells  (photovoltaic  devices),  2(11 
solar  energy,  200-201,  1043 

absorbed  by  chlorophyll,  1035 
conversion  ot,  510 

Solar  spectrum,  772 

Sol-gel  process,  503—1 Solul(s),  464-75 

amorphous,  464-66 
bonding  in,  470-74 
concentration  of,  641-42 
co\  alent-network,  470,  472-73 
c  r\ stalline,  464-65 
energy  levels  in,  488 
intermolecular  attractive  forces  in, 

444 
ionic,  470,  473 
metallic,  470,  473-75 
molecular,  470-72 

properties  of.  444—45 structures  of,  464-70 
close  packing  ot  spheres, 

464-70 
sodium  chloride,  467-64 
unit  cells,  466-67 

Solubility,  127,  535-45,  745-51 
amphoterism  and,  743,  751-53 common-ion  effect  and,  744—15 
complex  ion  formation  and, 

748-51 
of  ionic  compounds,  126-28 molar,  741 

of  organic  substances,  1066 

pH  and,  745-4S pressure  effects  on,  541—42 
solubility-product  constant  \  s.. 741-43 
solute-solvent  interactions  and, 

537-41,  550 

temperature  effects  on,  542—43 
Solubility  equilibria,  739—43 

solubility-product  constant  1  k  _,  }, 
740-43 limitations  of,  743 

reaction  quotient  (Q)  and,  754 

solubility  \  s  ,  741-43 Solutes,  122,  524 
molarity  to  calculate  grams  ot,  148 
titration  to  determine  quantity  of, 

154 

Solute-solvent  interactions,  537—41,  350 

Solution(s),  8,  144-56,  524-73 
aqueous.  Sir  Aqueous  solutionis) 
buffered,  725-31 blood  as,  731 

buffer  capacity  and  pH,  728-24 
composition  and  action  of, 

725-26 strong  acids  or  bases  111, 
724-30 

colligative  properties  of,  548-58 
boiling-point  elevation,  550-51 of  electrolyte  solutions,  557 

freezing-point  depression, 
551-53 

molar  mass  determination 

thri  nigh,  556-58 osmosis,  553-56 
vapor  pressure  reduction, 

548-50 
colloids,  558-63 

hvdrophilic  and  hydrophobic, 

559-60 
removal  ot  colloidal  particles, 

561-63 

types  ot,  55s 

components  of,  529 concentration  of,  120,  144-51, 

543-47 conversion  of  units  of,  546—47 
dilution,  148-50 
of  electrolyte,  147 
interconverting  molarity, 

moles,  and  volume,  147-48 
in  mass  percentage,  543-44 
molality,  544-46,  547 
molarity,  146-47,  544-46,  547 
in  mole  fraction,  544-46 in  parts  per  billion  (ppb), 

543-44 
in  parts  per  million  (ppm), 

543-44,  771 
defined,  122,  529 
examples  of,  530 

formation  of,  530-35 
energy  changes  and,  531-32 
reactions  and,  534 

spontaneity,  disorder,  and, 
532-33 

hypertonic,  554-55 

hypotonic,  554-55 

ideal,  549,  550 
isotonic,  554-55 
neutral,  677 

pi  i  of,  678 
saturated,  535-36,  740 
standard,  152 

stock,  148 
supersaturated,  536 
unsaturated,  536 

Solution  alloys,  1007 

Solution  stoichiometrv,  151-56 
titrations,  152-56 

acid-base,  732-39 
Solvation,  123,  531 
Solvent(s),  122,  529 

environmentally  friendly,  791-92 
supercritical  fluids  as,  459 
water  as,  721 

Sorbic  acid,  716 
Source,  semiconductor,  508,  504 
sp  molecular  orbital,  363-65,  366 
s/' 1  molecular  orbital,  363-65,  366 
Space-filling  models,  54 
Spectator  ions,  129 
Spectrochemical  series,  1048 
Spectrometer,  581 
Spectroscopic  methods,  reaction  rates 

measured  with,  581 

Spectrum,  224 
Speed,  16,  577 ot  light,  218 

root-mean-square  (rms),  421-22 

Spheres,  close  packing  of,  469-70 
Spherically  symmetric,  234 
Spin  magnetic  quantum  number  (mj, 

234,  240 
Spin-pairing  energy,  1049 
s;>  hybrid  orbital,  361-63,  366 
Spontaneous  processes,  183,  804-8, 810-11,823 

free  energy  and,  823,  827-28 oxidation-reduction  reactions,  855, 

856,  859,  868-70 
pressure  and,  805 
reversible  and  irreversible,  806-8 
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solution  formation  and,  332-33 
temperature  and,  803 

Square-planar  i  omplexes,  c  rystal-field 
theory  for,  1050-53 

Square  planar  geometry,  354,  353,  1030 
Square  pyramidal  geometry,  354,  335 
Stability(ies) 

bell  of,  906 
nuclear,  905-8 

even  vs.  odd  number  ol 
nu<  Irons,  907-8 

magic  numbers  and,  907-8 
neutron-to-proton  ratio,  405-7 
radioac  tive  series,  407 

of  organic  substances,  1063 
Stabilization,  aromatic,  I0N2 
Stainless  steel,  501,  II II 18 
standard  atmospheric  pressure,402 
Standard  emf  (standard  cell  potential), 

861 
Standard  enthalpy  change  (  A/i ,  ), 

141-42 
temperature,  equilibrium  <  onstant, 

and, K43 
Standard  enthalpy  of  formation, 

1 4 1 -92 
Standard  free-energy  change  (  AT,  ). 

824-27,  830-32,  872 
in  cell  metabolism,  833 

Standard  tree  energy  of  formation 

{AG}),  824-27 
Standard  hydrogen  electrode  (SI  IE), 

861,  862 
Standard  molar  entropies,  820 
Standard  reduction  (half-cell) 

potentials  (/  „,,),  861-66 
Standard  solution,  1 32 
Standard  state,  19 1 
Standard  temperature  and  pressure 

(STP),  404 
Starches,  196,622,  1101,  1102 
Slate(s),  3 

changes  of,  10 
of  gas,  404 
of  reactants  and  products,  S4 

State  function(s),  166,  1 74-76,  806 
enthalpy  as,  174 

Statistical  thermodynamics,  812-13 
Stearate  ion,  1066 
Steel,  1008 

formation  of,  998-99 
mild,  441 
stainless,  30 1 

Stereoisomerism,  1 034-44 
Sterling  silver,  324 
Stern,  Otto,  240 
Stern-C.erlach  experiment,  240 
Stock  solutions,  1 48 
Stoichiometrically  equivalent 

quantities,  101 
Stoichiometry,  74-114 

Avogadro's  number  and  the  mole, 
90-96 

interconverting  masses  and 
moles,  42,  44-43 

interconverting  masses  and 
numbers  of  particles,  95-96 

molar  mass,  42-44 
chemical  equations,  80-84 

balancing,  81-83,  84 

states  of  reactants  and 

products,  .S4 
defined,  74 
empirical  formulas  from  analyses, 

96-100 

combustion  analysis,  48-44 
molecular  formula  from,  98 

formula  weights,  88-90 
percentage  composition  from 

formulas,  89-90 
Of  hall-reaction,  885 
limiting  reactants  (limiting 

reagent),  104-9 
theoretical  \  ields,  107-4 

patterns  of  c  hemic  al  reactivity, 
85-88 

combination  and 

decomposition  reactions, 85-87 

combustion  reactions,  87-88 
problem-solving  procedure  for, 131 

quantitative  information  from 
balanced  equatic ins, 
100  104 

reaction  rates  and,  580-82 
solution,  151-56 

titrations,  152-56,  732-34 
Straight-chain  hydrocarbons,  I()(i8, 

1069 Straight-run  gasoline,  1074 
Stratosphere,  770 
Strong  acids,  I  3 1  -32,  674,  f>82-83 

m  buffered  solutions,  724-30 
Strong  acid-strong  base  titrations, 732-35 

Strong  bases,  I  3 1-32,  683-84 
in  buffered  solutions,  729-30 

Strong  electrolytes,  124-23,  133-34 
Strong-field  ligands,  1048 
Strong  nuclear  forces,  43,  903 
Strontium-90,  910-11,923 
Strontium  (Si ),  246,  2S3 
Structural  formulas,  54 

condensed, 1067-68 
Structural  isomerism,  I03M,  1069-70 
structure,  chemical,  2 

acid-base  equilibria  and,  702-6 
binary  acids,  703 
carboxylic  acids,  705-6 
factors  affecting  acid  strength, 

702-3 

oxya<  ids,  704-5 atomic  See  Atomic  structure; 
Electronic  structure 

Subatomic  particles,  39 
Subcritical  fission,  92 1 
Sublimation,  453 

heal  of,  456 
Submicroscopic  realm,  3 
Subscripts  in  chemical  formula,  81,  88 
Subshell,  233 

Substituents,  1070-71 
Substitutional  alloy,  1007 
Substitution  reactions,  1081 
Substrates,  nl2 
Subtraction,  significant  figures  and,  24 
Sucrose,  302,  621,  1101 

conductivity  of  solution  of,  I22 
reaction  with  sulfuric  acid,  961 

Sugar,  301,  mil Sulfate  ion,  961 
Sulfates  961 
Sulfide  ion,  I  36,  753 
Sulfide  ores,  996 
Sulfides,  960 

acid-insoluble,  737 
base-insoluble,  737 

Sulfites,  960 
Sulfur  (S),  261,  262,  287,  302,958-62 

I  ewis  symbol  for,  303 
occurrences  and  preparation  of, 

9S8-54 
oxides,  oxyat  ids.  and  ow  anions 

of,  960  -62 
properties  and  uses  ol,  939 
properties  of,  287 Sulfur  compounds  in  troposphere, 

77.S-80 Sulfur  dioxide,  778-79,  840 
in  atmosphere,  778 
dissolved  in  u  a  tor,  l|33 

Sulfuric  acid,  960-61 
acid-dissociation  constant  of,  692 

formula  weight  of,  88-84 
reactions  ol 

with  sucrose,  96 1 
with  zinc,  436 

Sulfurous  acid,  691 ,  960 
acid-dissociation  constant  of,  692 

Sulfur  tetrad uoride,  395 
Sulfuryl  chloride,  620 
Superconducting  ceramics,  442-43 
Superconduc  ting  transition 

temperature  t  I  |,  491-92 
Supercondu<  ti\  ity,  491-94 

high-tompcrature  (high-  /  ),  493 
Superconducti  >rs,  49 1  94 
Supercooling,  438 
Superc  ritical  carbon  dioxide,  434,  741 
Supercritical  fluid  exfr.u  Hon,  459 
Supcic  ritical  fluids,  741 
Superc ntic  al  mass,  92 1 
Superoxides,  287,  957-58 

Superphosphate,  971 
Supersaturated  solutions,  536 
Surface  tension,  434 
Surfactant,  1066 

Surroundings,  I (->(->,  170,  172 

entropy  changes  in,  821-22 
Sustainable  soi  iety,  790 

Sutures,  "smart,"  307 Symbols,  c  hemic  al,  6 
Synchrotron,  409 
Syngas,  |99 

Syringes,  17 
System,  166,  170,  172 
Systeme  International  d'l  Initcs  v<  s| 

units 
Systolic  pressure,  404 
Szilard,  Leo,  422 

[able  salt  sec  Sodium  i  hloride 
Tabulating  information,  4  1 1 
Taconite,  997 

Tailpipe  emission  stand, m  is,  7S2 

Talc,  479 Tartaric  acid,  163,  713,  |092 
acid-dissociation  constant  of,  692 

faxol  ,  345-46 
rechnetium-99,  9  34 Teflon  M  (pol\  tetrafluoroeth\  lene), 

506,  526,  "9  1.949.  |07s Tellurium  t  ie).  287,958-62 

temperature 
absolute.  421 
cit  atmosphere,  770 
ol  body,  196 

i  ritical,  458 

Curie,  1021 of  Earth's  surface,  783 

entrop)  and.  818-19 
equilibria  and,  653-56 
Gibbs  tree  energy  and,  827-29 kinetic  energj  and,  460 

re.ic  tion  rates  and,  57b,  593-44 
ac  fix  ation  energy,  595-96 

Arrhenius  equation  tor.  596—97 collision  model  of,  377,  394 
orientation  factor  in,  594 

real  vs.  ideal  gas  behavior  and.  42" 
regulation  in  humans,  188 
related  to  entropy,  808 
SI  units  of,  15—16 

solubility  and,  342-43 
spontaneous  processes  and,  803 standard  enthalpv  change. 

equilibrium  constant,  and, 

84  3 

superconducting  transition  (  /  ). 
49 1 -92 

vapor  pressure  and,  460-61 volume  and,  406—7 
rentative  explanation  (hypothesis),  13 
lermolec  ular  reaction,  600,  602 

fertiary  struc  lure  ol  protein.  1098-99 
rest-taking  strategies,  108  11 retraaminedichlorocobalt(III)  ion, 

1040 
letrabork  a<  id,  982 
2,2,3,3-  letr.H  hlorobutane,  1078 

letrac  hloroethylene,  793 
letraethyl  lead,  1074 
letrafluoroeth)  lene.  107s 
Tetrahedral  complexes,  c  r\  stal-field 

theon  for,  1050 
letrahedral  geometry,  346,  34S,  349, 

350,  >3l,  loio,  1064 
letrahydrofuran  ( 1 1 II  ).  1085 
rhallium  (II),  246 
I  hallium-201, 901 

I  hcoretii  al  \  ields.  107-9 
Iheorx  I  I 
I  herapy,  radiation,  928 I  hernial  energy,  lr»9 

I  hernial  pollution,  342—13 
rhcrmochemical  equations,  180  81 

I  hermcK  homistry,  ln7-21 3 
calorimetry,  182-87 bomb  (constants  olume), 

IKb-.S7 
constant-pressure.  IS4  86 
he.it  c  apac  it\  and  spec  ifi<  heal. 

I  K2-.S4 
energy  and,  168-72 lossil  fuels,  199,  200 

kinetic  and  potential.  1 68  69, 
I  I  I 

nuc  lear,  199-200 
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Thermochemistry  (cont.  I 
solar,  2011-2(11,  1093 
system  and  surroundings,  170, 

172 

transferring,  170-72 
units  of,  169-70 

enthalpy(ies)  (H),  176-82,822 
defined,  177 
of  formation,  191-96 
oi  reaction,  180-82,  193-96, 

330-33 
spontaneous  processes  and, 183 

first  law  of  thermodynamics, 
172-7d,  804 

endothermic  and  exothermic 

processes,  1 74 
heat  and  work  related  to 

internal  energy  change 

(AE),  173-74 internal  energy,  172-73,  174-75 
state  functions,  174-76 

of  foods,  196-98 
of  fuels,  198-99 
Hess's  law,  187-91,  193 

Thermodynamics,  803-45 
defined,  168 

entropy,  333,  808-22 
absolute,  820,  821 
of  expansion,  810 
heat  transfer  and  temperature 

related  to,  808 
life  and,  SIS 
molecular  interpretation  of, 

811-19 
in  reactions,  S20-22 
temperature  and,  818-14 

first  law  of,  lwi,  172-7d,  804 
endothermic  and  exothermic 

processes,  174 
heat  and  work  related  to 

internal  energy  change 

(  A/  ),  173-74 
internal  energy,  172-73, 

174-75,  17d 
state  functions,  174—76 

Gibbs  free  energy  (G ),  822-27 
equilibrium  constant  and, 

830-35 
spontaneity  and,  822-24 
standard  free-energy  changes 

(AC  (,824-27,830-32,833 
temperature  and,  827-29 

second  law  of  thermodynamics, 
810-11,  818 

spontaneous  processes,  183, 
810-11,  823 

pressure  and,  805 
reversible  and  irreversible, 

806  8 

temperature  and,  805 
statistical,  812  13 
third  law  of,  818-14 

Thermonuc  lear  reactions,  424 
[Tiermoplastics,  445,  505 
I  hermosetting  plastic  s,  445,  505 
rhermosphere,  770 
I  hiosulfate  ion,  96 1 
rhomson,  I  I  ,40,41-42,  224 
Thomson,  William  (Lord  Kelvin),  41  Id 

Ihortveitite,  478 
threonine,  1095 
Thrombus,  506 
Thymine,  1  1113,  1 104,  1105 

Thymol  blue,  682 
Tin  raid  gland,  918 
I  line 

reaction  rates  and,  577,  579-80, 

587-43 I  in  (Sn),  477 
I  iOi,  484,  510 
Tissue,  artificial,  507 
Titanh  ,  raising  the,  847 
Titanium  dioxide  (titanium! IV)  oxide), 317 

Titanium  tetrachloride,  84 1 
Titan  (moon),  28d 

nrration(s),  152-56 
acid-base,  732-34 

of  polyprotic  acids,  734 
strong,  732-35 
weak,  735-34 end  point  of,  153,  734 

equivalence  point  of,  152-53,  752 
Tokamak,  925 
Toluene  (methylbenzene),  472,  544, 

1081 
Tooth  decay,  fluoridation  and,  750,  766 
Tornados,  399 
Torr,  402,  404 
Torricelli,  Evangelista,  402 
Trace  elements,  54 

Trains,  "maglev,"  492 Transferrin,  1036 
Trans  isomers,  1027,  1040,  1075 
Transistor,  508,  504 
Transition-metal  ions,  307 

charges  of,  278 
Transition-metal  oxides,  as  catalysts, 

(ill 

Transition  metals,  61,  244,  1010-17 
chromium,  244,  475,  1014 
compounds  of.  See  Coordination 

compounds 
copper.  See  Copper  (Cu) 
electron  configurations  and 

oxidation  states  of,  244—15, 
1011-12 iron.  See  Iron  (Fe) 

magnetism,  1013 
in  coordination  compounds, 

1045 

diamagnetism,  381,  382,  383 
paramagnetism,  381,  382,  383, 

1013,  1045 

melting  points  of,  1005,  1006 

properties  of,  1010-11 trends  in,  1006 
transition  state  (actu  ated  complex), 

546 Translational  motion,  812,  818 
I I  ansuranium  elements,  52,  410 
Trichloroacetic  acid,  718 
Trigonal  bipyramid  geometry,  347, 

353-55,  365,  1058 
Trigonal  planar  geometry,  347,  348, 544,  551,  1064 

sp  and  sp  hybridization  and,  363 
Trigonal  pyramidal  geometry,  347, 

349,  350,  351 

Trihalomethanes  ( 1 1  IMs),  744 
Trimetaphosphoric  acid,  470 
Trimeth)  lamine,  482,  1090 
2,2,4-  Irimethvlpentane  (isooctane), 1074 

Trinitrotoluene  (TNT),  .3.32 
Triple  bonds,  311,  1065 

hybrid  orbitals  and,  364 
length  ot,  333 

Triple  point,  463,  551 of  water  and  carbon  dioxide, 

463-64 
Triple  superphosphate,  471 
Trisodium  phosphate,  716 
rristearin,  196 
Tritium,  75,  424,  932,  44: 

Tropopause,  770 
Troposphere,  770,  778-85 

i  arbon  monoxide,  780-81 
nitrogen  oxides  and 

photochemical  smog, 
781-82 

sulfur  compounds  and  acid  rain, 

778-80 
water  vapor,  carbon  dioxide,  and 

climate,  783-85 
[routon's  rule,  842,  843 

Tryptophane,  1044 T-shaped  geometry,  347,  354 
Tumors,  malignant,  428 
Turnover  number,  613 
Twisted  nematic,  514 

Tyndall  effect,  554 Tyrosine,  1045 

Uhlenbeck,  George,  239 
Ulcers,  137 

Uncertainty  in  measurement,  20-25 
precision  and  accuracy,  21 
significant  figures,  21-25 

Uncertainty  principle,  229-31,  236 
Unimolecular  reactions,  599-600,  602 

Unit  cells,  466-67 United  Nations  Conference  on 
Environment  and 
Development  (Earth 
Summit),  764 

Unpaired  electron,  241 
Unsaturated  hydrocarbons,  1066 

alkenes,  1066,  1075-76,  1077-74 

alkynes,  1066,  1077-79 aromatic,  1066,  1081-82 
Unsaturated  solutions,  536 

Updike,  John,  523-24 Uracil,  1103 
Uraninite,  481 

I  ranium-235,  420-21,  422 
Uranium-238, 910 

nuclear  binding  energy  of,  919 
nuclear  disintegration  series  for, 

407 

Uranium  hexafluoride,  1078 
L  ranium  (U),  245 

isotopes  of,  427,  902 
Urea,  196,  624,  1064 
Urethanes,  synthesis  of,  792 

Valence  band,  1005 

Valence-bond  theory,  360-61 
hybrid  orbitals  and,  361-67 

involving  1/  orbitals,  365,  366 

pi  (77)  bonding  and,  367-73 

sp,  361-63,  366 s;>-  and  sp  ,  363-65,  366 
VSEPR  model  and,  361,  365 

Valence  electrons,  244,  248,  327-28 
bonding  and,  302 
effective  nuclear  charge 

experienced  by,  264 
Valence  orbitals,  261 

Valences,  primary  and  secondary,  1027 
Valence-shell  electron-pair  repulsion 

(VSEPK)  model,  348-57 basis  of,  349 

tor  larger  molecules,  356-57 
for  molecules  with  expanded 

valence  shells,  353-56 
nonbonding  electrons  and 

multiple  bonds,  352-53 
valence-bond  theory  and,  361,  365 

Valence  shells,  expanded,  327-28, 

353-56 Valine,  1044 Vanadium,  1020 
Van  der  Waals,  Johannes,  429 
Van  der  Waals  constant,  429 
Van  der  Waals  equation,  429-31 
Van  der  Waals  forces.  See  also 

Intermodular  forces 

comparison  of,  452-53 
dipole-dipole,  446,  450, 470 
hydrogen  bonding,  446,  449-52, 470 

trends  in,  449-51 in  water,  449 
London  dispersion,  447—19,  452, 

470 
Van  der  Waals  radius  (nonbonding 

atomic  radius),  266 
Van't  Hoff  factor  (1),  557 

Vapor,  400.  See  also  Gas(es) 
Vaporization,  460 

enthalpies  of,  191 
heat  of,  455 

Vapor  pressure,  459-62 boiling  point  and,  461 
molecular-level  explanation  of, 

460 reduction  of,  548-50 
volatility,  temperature,  and, 

460-61 Variables,  calculations  involving 
many,  411 

Vascular  grafts,  506 
Vector  quantities,  358 
Vibrational  motion,  444, 812,  815,  818 

Vinyl  alcohol,  357 
Vinyl  chloride,  949 
Viscosity,  453-54 Visible  light,  218 
Vision,  346,  372 
Vitamin  C  (ascorbic  acid),  669,  692, 

1066 
acid-dissociation  constant  of,  692 

Vitamins,  fat-  and  water-soluble,  540 
Volatile  components,  ideal  solutions 

with  two  or  more,  549 
Volatile  organic  compounds,  791 
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Volatility,  v  apor  pressure  and,  460-61 
Volt.i,  Alessandro,  876 
Voltage,  cell.  See  Cell  eml 
Voltaic  (galvanic )  cells,  855-60.  See  also 

Batteries 
concentration  cells,  K74— 77 
electromotiv  e  force  (emf)  in. 

860-68 
concentration  effects  on, 

871-79 
equilibrium  and,  871-74 
oxidizing  and  reducing  agents, 

867-69 
standard  reduction  (half-cell) 

potentials  I  /     I,  861-66 
molecular  v  iew  of  elec  trode 

process,  859 
shorthand  representation  of,  896 
work  done  by,  886-88 

Volt  (V),  860 
Volume(s) 

i  on\  ersions  involving,  27-24 
equilibria  and,  651-53 
of  gas,  413-16 
interconverting  molarity,  mole, 

and. 147-48 
law  of  combining  volume,  407 
molar,  409 

pressure-volume  relationship, 
404  6 

quantity-volume  relationship, 
407-8 

real  vs.  ideal  gas  behavior  and,  428 
SI  units  of,  16-17 
temperature-volume  relationship, 

406-7 
Volumetric  flasks,  17 
Vulcanization,  500-501 

Waage,  Peter,  632 
Wahl,  Arthur,  52 

Washing  soda,  1 14,  *-i7^ 
Wastes 

nuclear,  423 
oxygen-demanding.  788 

Water,  2,  53,  34,  121,  274.  See  also 
Aqueous  equilibria, 
Aqueous  solution(s) 

alcohol  solubilities  in,  538 

arsenic  in  drinking.  472 
autoionization  of,  676—78 

ion  product.  676-78 boiling,  12 
bond  dipoles  in,  358 
bonding  in,  365 

hydrogen  bonding,  444 
chlorine  dissolv  ed  in,  744 

collecting  gas  over,  414-20 
critical  temperature  and  pressure 

of,  43S decomposition  of,  7 
density  of,  17 
dissolution  in,  123-24 

ol  oxygen,  788-84 ot  sodium  chloride,  530 
electrolysis  of,  7, 944 
e\  aporation  of,  10 
excess  consumption  of,  144 
formation  of,  7,  10 

fresh,  787-40 1 1   M  ms  in,  670-71 

hard, 740 
healing  i  urve  for,  456 
heavy,  942 
ot  hydration.  534 
ionic  compounds  in,  122-24 
ion-produ<  t  constant  for,  697 
KCI  crystal  dissolved  in,81fi 
molal  boiling-point-elevation  and 

freezing-point-depression i  onstants  of,  551 

mole<  ular  geometry  of,  352-53 
from  oxidation  of  glucose,  102-3 
phase  diagram  of,  463-64 
physical  states  of,  5 
properties  ot,  7,  8 
proton  in,  I  31 
purification  of,  743-45 reactions  of 

with  alkali  metals,  282 
with  anions,  699-700 
with  barium  oxide.  956 
i\  ith  huh  I  '  hloi  ide,  574 
with  calcium,  285 
with  calcium  carbide,  436 
with  calcium  hydride,  436, 

444-43 

with  carbon  dioxide,  270.  280 
with  cations.  700 
with  hydrogen  chloride.  670, 

671-72 

with  magnesium,  285 
solubilities  of  gases  in,  537 
as  solvent,  72 1 

spec  ifi<  beat  of,  185,  184 
standard  reduction  potentials  m, 

863 
structural  formula  tor,  34 

sulfur  dioxide  dissolved  in,  Li"i 
vapor  pressure  of,  461 \  ibrational  and  rotational  motions 

in  molecule  of,  8 1 2 
Water  gas,  943 

Water  pollution,  788 
Water-soluble  \  itamins,  540 

Water  vapor,  783-Ss formation  ot,  74 
Watson,  lames,  47 1 

Watt  (W),  887 
Wav  e  behavior  of  matter,  228-31 
Wav  e  functions,  231,  374 
Wavelength,  218-20 
Wave  nature  ot  light,  218-20 
Weak  acids,  131-32,  674,  684-43 

acid-dissociation  constant  ( K„) 

from,  687-4  1 common-ion  effect  on,  722-25 

percent  ionization  of,  688-40 
polyprotu  a<  ids,  691-93,  734 

Weak  at  id-strong  base  titrations,  735-34 
Weak  base(s),  1  31-32,  643-4h 

common-ion  effect  on,  724 

t\  pes  of,  645-46 Weak  electrolytes,  124-23,  133-34 
Weak-field  ligands,  1048 
Weak  nuclear  force,  45 
Weather,  399 
Weather  balloon,  405 

Weight,  density  vs.,  20 
Werner,  Allied,  1027,  1034 
Werner  s  theory,  1026-28 
Wet  chemical  methods,  756-57 
White  phosphorus,  968 
Wilkins,  Maurice,  471 
Wind  energy,  200 

Wind  power,  444 

Wires,  516 

Wohler,  1  riedrich  1064 

Woik   I(i6  168   171    72  " 
electrical  179,886-88 internal  energy  change  and, 

mechanical,  I  76 

pressure-volume  tmechanical 

work),  177,  174 reversibility  and.  807 
World  Ocean,  121 
Wiap  vv  ire,  993 

Xenon,  284,  4so,  485.  987 
Xenon  fluorides,  446—17 
X-ray  crystallography,  471 
Vrav  diffractometers,  471 

X  rays,  223,  241 

Yield 

actual,  107 

percent,  107-8 theoretical,  107-4 -i//  suffix,  1071,  1096 
Young  Girl  Reading  (painting),  3 

ttrium,  741 

Zeros,  significant  digits  and,  22-23 
"Zigzag"  nanotube,  517 
Zinc  blende,  473 
Zinc  ion,  biological  chemistry  ot,  270 
Zinc  sulfide,  916 Zinc  (Zn) 

in  galvanized  iron,  882 
nu(  lides  ot,  414 oxidation  ot,  142 
reactions  ot 

with  hydrochloric  acid,  177, 
848 

vv  ith  sulfuric  acid,  436 
in  solution  of  eopper(II)  sulfate, 

855-57,  866 

Zinn,  Walter.  422 
Zirconia,  441 
Zirconium,  1 020 
Zone  refining,  478 
Zw  itterion,  707,  1044 





COMMON  IONS 

Positive  Ions  (Cations) 

1  + 

Ammonium  (NH4  +  ) 
Cesium  (Cs  +  ) 

Copper(I)  or  cuprous  (Cu  +  ) 

Hydrogen  (H  +  ) 
Lithium  (Li  +  ) 

Potassium  (K  +  ) 

Silver  (Ag  +  ) 

Sodium  (Na  +  ) 

2  + 
2  + Barium  (Ba  ) 

2  + Cadmium  (Cd  ) 

Calcium  (Ca2  +  ) 
Chromium(II)  or  chromous 

(Cr2  +  ) 
Cobalt(II)  or  cobaltous  (Co 

2  + 
Copper(II)  or  cupric  (Cu  ) 

Iron(II)  or  ferrous  (Fe2  +  ) 2  + 
Lead(II)  or  plumbous  (Pb  ) 

2  + Magnesium  (Mg  ) 

Manganese(II)  or  manganous 

(Mn2  +  ) 

2  + 

2+ 
Mercury(I)  or  mercurous  (Hg2  ) 

Mercury(II)  or  mercuric  (Hg  +) 2  + 
Strontium  (Sr~  ) 

Nickel(II)  (Ni2  +  ) 

2  +  > 
Tin(Il)  or  stannous  (Sn 

Zinc  (Zn2  +  ) 

3  + 

O  _1_ 
Aluminum  (Al  ) 

Chromium(III)  or  chromic  (Cr'T) 

Iron(III)  or  ferric  (Fe3  +  ) 

Negative  Ions  (Anions) 

3+^ 

l 

') 

Acetate  (C2H3O2 

Bromide  (Br") 
Chlorate  (C103~) Chloride  (CT) 

Cyanide  (CN~) Dihydrogen  phosphate 

(H2P04-) Fluoride  (F_) 

Hydride  (H~) Hydrogen  carbonate  or 

bicarbonate  (HCO3-) 

Hydrogen  sulfite  or 

bisulfite  (HSQ3~) 

Hydroxide  (OH-) 
Iodide  (I") 
Nitrate  (NO3") 

Nitrite  (N02~) 
Perchlorate  (C104~) 

Permanganate  (Mn04~) 

Thiocyanate  (SCN~) 

2- 

Carbonate  (C032_) 

Chromate  (Crd42_) Dichromate  (Cr20y2  ) 

Hydrogen  phosphate  (HPO4' 

Oxide  (O2-) Peroxide  (022_) Sulfate  (S042  ) 

Sulfide  (S2~) 

Sulfite  (S032_) 
Arsenate  (As04  ) 

Phosphate  (P043_) 

FUNDAMENTAL  CONSTANTS* 

Atomic  mass  unit 

Avogadro's  number 
Boltzmann's  constant 

1  amu 

lg 

N 

k 

=  1.66053873  x  10"24  g 
=  6.02214199  x  1023amu 

-  6.02214199  x  1023/mol 

=  1.3806503  x  10"23  J/K Electron  charge r 

=  1.602176462  x  10",9C 
Faraday's  constant 

1 =  9.64853415  x  104  C/mol 
Gas  constant R =  0.082058205  L-atm/mol-K 
Mass  of  electron 

me 

=  5.485799  X  10"4  amu 

=  9.10938188  X  10"28  g Mass  of  neutron 

mn 

=  1.0086649  amu 

=  1.67492716  x  10"24  g Mass  of  proton 

mp 

=  1.0072765  amu 

=  1.67262158  x  10"24  g Pi R =  3.1415927 

Planck's  constant h 
=  6.62606876  x  10"34  J-s Speed  of  light c =  2.99792458  x  108  m/s 

'Fundamental  constants  are  listed  at  the  National  Institute  of  Standards  and  Technology  website 
http://physics.nist.gov/PhysRefData/contents.html 



USEFUL  CONVERSION  FACTORS  AND  RELATIONSHIPS 

Length Energy  (derived) 

S/  unit'  iiit'ti'v  ( in ) S/  unit-  Inule  III 

1  km  =  0  62137  mi 1     IX1JI    —   V/  .  v  '  X-  1  w '  /  11(1 
11-1  k^-m2 /s2 1  J  —   1   IS^  111    /  s 

1  mi  =  5280  ft L     111!                  7  ̂ —  V  '  \  f     1  I 1  1-  0  2390  ral 

=  1.6093  km =  1  C  x  1  V 

1  m  =  1.0936  yd 1  cal  =  4.184  J 

1  in.  =  2.54  cm  (exactly) 
1  eV  =  1.602  x  10  19  J 

1  cm  =  0.39370  in. 
i   X       in-10  „, 1  A  =  10  m 

Pressure  (derived) 

S/  unit'  Pn^rnl  (Put 
Mass 

1  Pa  -  1  N /m2 
i   id  —   i  im/iii 

unit'  kitoQi'tini  (]<q) i^J  1      [Will-     l\llK'\l  11  III      \  '  »  X  / —  1  L- < r  /m-c^ —  1   In  tl  /III  o 

1  kg  =  2.2046  lb 1  atm  =  101,325  Pa 
1  lb  =  453.59  g 

=  760  torr 

=  16  oz 

=  14.70  lb/in2 

1  amu  =  1.66053873  x  10~24  g 

c 
1  bar  =  1(P  Pa 

Temperature 
ltorr  -  1  mm  Hg 

S/  unit-  Kelvin  (K) t_/l   II  r  1 1 1  •   J\t  (l  IM   \  1\  / Volume  (derived) 

0  K  =  -273.15°C SI  unit:  cubic  meter  (m^) 
=  -459.67°F 

1  L  =  10"3  m3 
K  =  °C  +  273.15 

=  1  dm3 °C  =  |(°F  -  32°) 
=  103  cm3 

y 

°F  =  |°C  +  32° 

=  1.0567  qt 

1  gal  =  4  qt 
=  3.7854  L 

1  cm3=  1  mL 

1  in3=  16.4  cm3 

INDEX  OF  USEFUL  TABLES  AND  FIGURES 
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Figure  7.7 Atomic  Radii 
Figure  7.6 

Average  Bond  Enthalpies Table  8.4 

Average  Bond  Lengths Table  8.5 

Common  Strong  Acids  and  Bases Table  4.2 

Electromagnetic  Spectrum 
Figure  6.4 

Electron  Configurations  of  the  Elements 
Figure  6.30 

Electronegativities  of  the  Elements 
Figure  8.6 Summary  of  Electrolytic  Behavior  of  Common Table  4.3 
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Common  Functional  Groups  in  Organic  Compounds Table  25.4 
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Selected  Prefixes  used  in  the  Metric  System Table  1.5 
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in  Water 
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