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The animations listed below are correlated to General Chemistry within each chapter in two ways. The first
is the Student Interactive Activities found in the opening pages of every chapter. Then within the chapter
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The sixth edition of General Chemistry: The Essential
Concepts, continues the tradition of presenting only the
material that is essential to a one-year general chemistry
course. As with previous editions, it includes all the core
topics that are necessary for a solid foundation in general
chemistry without sacrificing depth, clarity, or rigor.
General Chemistry covers these topics in the same depth
and at the same level as 1100-page texts. All essential topics
are in the text with the exception of descriptive chemistry.
Therefore, this book is not a condensed version of a big text.
Our hope is that this concise-but-thorough approach will
appeal to efficiency-minded instructors and will please
value-conscious students. The positive feedback from users
over the years shows that there is a strong need for such a
text. So we have written a text containing all of the core con-
cepts necessary for a solid foundation in general chemistry.

What’s New in This Edition?

® The most obvious change is the addition of a coau-
thor, Jason Overby, who brings new pedagogical in-
sights to the text.

e NEW to the chapters is the Review of Concepts fea-
ture. This is a quick knowledge test for the student to
gauge his or her understanding of the concept just
presented. The answers to the Review of Concepts
are available in the Student Solutions Manual and on
the companion ARIS (Assessment, Review, and
Instruction System) website.

REVIEW OF CONCEPTS

Match each of the diagrams shown here with the following ionic compounds:
AlL,Os, LiH, Na,S, Mg(NO;),. (Green spheres represent cations and red spheres
represent anions.)

€ 8% o %

e NEW are powerful connections to electronic home-
work. All of the practice exercises for the Worked
Examples in all chapters are now found within the
McGraw-Hill ARIS (Assessment, Review, and In-
struction System) electronic homework system. Each
end-of-chapter problem in ARIS is noted in the Elec-
tronic Homework Problem section by an icon. &

3.110 Cysteine, shown here, is one of the 20 amino acids
found in proteins in humans. Write the molecular
formula and calculate its percent composition by
mass.

Problem in Text

lCMNO PROSLEM SOLVING APPROACH

How many of each atom are shown in the picture?
€ aloms (black)
H atoms (gt ray)
N asorm (bise)
[ ostomster
S atom (green)

v
L A\ Pravins  View Schicn @ Chack Anewer [ Sutms (St

Problem in ARIS

XV



Xvi Preface

® Many sections have been revised and updated based
on the comments from reviewers and users. Some
examples are

—A revised treatment of amounts of reactants and
products is given in Chapter 3.

—A revised explanation of thermochemical equations
is presented in Chapter 6.

—Expanded coverage of effective nuclear charge
appears in Chapter 8.

—New computer-generated molecular orbital dia-
grams are presented in Chapter 10.

—Many new end-of-chapter problems with molecu-
lar art have been added to test the conceptual com-
prehension and critical thinking skills of the
student. The more challenging problems are added
to the Special Problems section.

—A revised discussion of the frequency factor in the
Arrhenius equation is given in Chapter 14.

—The ARIS electronic homework system is avail-
able for the sixth edition. ARIS will enhance the
student learning experience, administer assign-
ments, track student progress, and administer an
instructor’s course. The students can locate the
animations and interactives noted in the text mar-
gins in ARIS. Quizzing and homework assigned
by the instructor is available in the ARIS electronic
homework program.

Problem Solving

The development of problem-solving skills has always been
a major objective of this text. The two major categories of
learning are the worked examples and end-of-chapter
problems. Many of them present extra tidbits of knowledge
and enable the student to solve a problem that a chemist
would solve. The examples and problems show students the
real world of chemistry and applications to everyday life
situations.

Worked examples follow a proven step-by-step strat-
egy and solution.

¢ Problem statement is the reporting of the facts needed
to solve the problem based on the question posed.

e Strategy is a carefully thought-out plan or method to
serve as an important function of learning. In some
cases, students are shown a rough sketch, which helps
them visualize the physical setup.

¢ Solution is the process of solving a problem given in
a stepwise manner.

® Check enables the student to compare and verify
with the source information to make sure that the
answer is reasonable.

* Practice Exercise provides the opportunity to solve a
similar problem in order to become proficient in this
problem type. The Practice Exercises are available in
the ARIS electronic homework system. The marginal
note lists additional similar problems to work in the
end-of-chapter problem section.

EXAMPLE 3.13

The food we eat is degraded, or broken down, in our bodies to provide energy for growth
and function. A general overall equation for this very complex process represents the
degradation of glucose (C¢H,04) to carbon dioxide (CO,) and water (H,0):

CeH 5,06 + 60, —> 6CO, + 6H,0

If 968 g of C¢H,,04 is consumed by a person over a certain period, what is the mass of
CO, produced?

Strategy Looking at the balanced equation, how do we compare the amount of
C¢H,06 and CO,? We can compare them based on the mole ratio from the balanced
equation. Starting with grams of C4H;;,0¢, how do we convert to moles of CsH;,04?
Once moles of CO, are determined using the mole ratio from the balanced equation,
how do we convert to grams of CO,?

Solution We follow the preceding steps and Figure 3.8.
Step 1: The balanced equation is given in the problem.

Step 2: To convert grams of C4H;,04 to moles of C¢H;,0q, wWe write
1 mol C¢H,,0¢
180.2 g CH;05
Step 3: From the mole ratio, we see that 1 mol C¢H,,04 = 6 mol CO,. Therefore, the

number of moles of CO, formed is
6 mol CO,
1 mokEsHROg

Step 4: Finally, the number of grams of CO, formed is given by

4401 g CO,
1 mot€o;

968 g Ceh05 X = 5.372 mol C¢H;,04

5.372 mol- CgH305 X = 32.23 mol CO,

32.23 mob€0; X =142 X 10° g CO,

After some practice, we can combine the conversion steps
grams of C4H;,0s —> moles of C¢H;,04 ——> moles of CO, —> grams of CO,

into one equation:

| molCeHzO;  6mol€0;  44.01 g CO
mass of CO, = 968 g CoHsOF X I 2 B0
1802 5.Coi0; . 1 mol o0, - 1 mot€0;

= 1.42 X 10° g CO,

Check Does the answer seem reasonable? Should the mass of CO, produced be larger
than the mass of C¢H,04 reacted, even though the molar mass of CO, is considerably
less than the molar mass of CsH;,04? What is the mole ratio between CO, and
CHi206?

Practice Exercise Methanol (CH;OH) burns in air according to the equation
2CH;0H + 30, — 2CO, + 4H,0

If 209 g of methanol are used up in a combustion process, what is the mass of H,O
produced?

¢ End-of-Chapter Problems are organized in various
ways. Each section under a topic heading begins with
Review Questions followed by Problems. The Addi-
tional Problems section provides more problems not
organized by sections. Finally, the Special Problems
section contains more challenging problems.

Visualization

Graphs and Flow Charts are important in science. In Gen-
eral Chemistry, flow charts show the thought process of a
concept and graphs present data to comprehend the concept.



Molecular Art appears in various formats to serve
different needs. You will find molecular art incorporated in
all facets of the text and homework. Molecular models
help students to visualize the three-dimensional arrange-
ment of atoms in a molecule. Electrostatic potential maps
illustrate the electron density distribution in molecules.
Finally, there is the macroscopic-to-microscopic art help-
ing students understand processes at the molecular level.

The Zn
barisin
solution o
of CuSO, @
@)
o
3 (]
o
S e

Cu? ions are
converted to Cu atoms. Cu atoms enter the solution as Cu’ ions,
Zn atoms enter the and Ag” ions are converted to solid Ag.

solution as Zn®” ions.

(a) (b)

Figure 4.13

Photos are used to help students become familiar
with chemicals and understand how chemical reactions
appear in reality.

Figures of Apparatus enable the student to visualize
the practical arrangement in a chemistry laboratory.

Study Aids

Setting the Stage

On the chapter opening page for each chapter the Chapter
Outline, Student Interactive Activities, and Essential Con-
cepts appear.

¢ Chapter Outline enables the student to see at a glance
the big picture and focus on the main ideas of the
chapter.

e Student Interactive Activities show where the
electronic media are used in the chapter. A list of
the animations and questions in McGraw-Hill ARIS
homework is given. Within the chapter, icons are used
to refer to the items shown in the Student Interactive
Activities list.

¢ Essential Concepts summarizes the main topics to be
presented in the chapter.

Tools to Use for Studying

Useful aids for studying are plentiful in General Chemis-
try and should be used constantly to reinforce the compre-
hension of chemical concepts.

Preface XVvii

® Marginal Notes are used to provide hints and feed-
back to enhance the knowledge base for the student.

e Worked Examples along with the accompanying
Practice Exercises are very important tools for learn-
ing and mastering chemistry. The problem-solving
steps guide the student through the critical thinking
necessary for succeeding in chemistry. Using sketches
helps student understand the inner workings of a
problem. A marginal note lists similar problems in the
end-of-chapter problems section, enabling the student
to apply the new skill to other problems of the same
type. Answers to the Practice Exercises are listed at
the end of the chapter problems.

* Review of Concepts enable students to quickly eval-
uate whether they understand the concept presented
in the section. Answers to the Review of Concepts
can be found in the Student Solution Manual and on-
line in the accompanying ARIS companion website.

e Key Equations are highlighted within the chapter,
drawing the student’s eye to material that needs to be
understood and retained. The key equations are also
presented in the chapter summary materials for easy
access in review and study.

° Summary of Facts and Concepts provides a quick
review of concepts presented and discussed in detail
within the chapter.

e Key Words are a list of all the important terms to help
the student understand the language of chemistry.

w Key Equations W :

percent composition of an element in a compound =
n X_molar mass of element 3.1
SO TR0 ST X 100% @D
molar mass of compound
actual yield

theoretical yield

(3.4)

% yield = X 100%

— 'j Summary of Facts and Concepts s 5/

‘measured in atomic mass units (amu),

ased on a value of exactly 12 for the C-12
isotope. The atomic mass given for the atoms of a par-
ticular element is the average of the naturally occurring

4. Chemical ch: called chemical reactions, are repre-|
sented by ch uations. Substances that undergo
change—the reactants—are written on the left and thel

formed—the products—appear to the right of

isotope distribution of that element. The molecular mass
of a molecule is the sum of the atomic masses of the
atoms in the molecule. Both atomic mass and molecular
mass can be accurately determined with a mass spec-
trometer.

2. A mole is Avogadro’s number (6.022 X 10 of atoms,
molecules, or other particles. The molar mass (in grams)
of an element or a compound is numerically equal to its
mass in atomic mass units (amu) and contains Avogadro’s
number of atoms (in the case of elements), molecules (in
the case of molecular substances), or simplest formula
units (in the case of ionic compounds).

3. The percent composition by mass of a compound is the
percent by mass of each element present. If we know the
percent composition by mass of a compound, we can
deduce the empirical formula of the compound and also
the molecular formula of the compound if the approxi-
mate molar mass is known.

the arrow. Chemical equations must be balanced, in|
accordance with the law of conservation of mass. The|
number of atoms of each element in the reactants must|
equal the number in the products.

. Stoichiometry is the quantitative study of products and|
reactants in chemical reactions. Stoichiometric calcula-|
tions are best done by expressing both the known and|
unknown quantities in terms of moles and then convert-|
ing to other units if necessary. A limiting reagent is the|
reactant that is present in the smallest ic
amount. It limits the amount of product that can be
formed. The amount of product obtained in a reaction|
(the actual yield) may be less than the maximum possi-
ble amount (the theoretical yield). The ratio of the two
multiplied by 100 percent is expressed as the percent|
yield.

«

Key Words

B~

Actual yield, p. 86 Chemical reaction, p. 75
IAtomic mass, p. 61 Excess reagent, p. 83
Atomic mass unit (amu), p. 61 Limiting reagent, p. 83
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Stoichiometry, p. 80
Theoretical yield, p. 86

Mole method, p. 80
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Percent yield, p. 86
Product, p. 76
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Testing Your Knowledge

Review of Concepts lets students pause and check to see if
they understand the concept presented and discussed in
the section. Answers to the Review of Concepts can be
found in the Student Solution Manual and online in the
accompanying ARIS companion website.

End-of-Chapter Problems enable the student to
practice critical thinking and problem-solving skills. The
problems are broken into various types:

® By chapter section. Starting with Review Questions
to test basic conceptual understanding, followed by
Problems to test the student’s skill in solving prob-
lems for that particular section of the chapter.

¢ Additional Problems use knowledge gained from the
various sections and/or previous chapters to solve the
problem.

® The Special Problems section contains more chal-
lenging problems that are suitable for group projects.

f16.114 The diagrams here show three weak acids HA
(A =X,Y, orZ) in solution. (a) Arrange the acids in
order of increasing K,. (b) Arrange the conjugate
bases in increasing order of K. (c) Calculate the
percent ionization of each acid. (d) Which of the 0.1 M|
sodium salt solutions (NaX, NaY, or NaZ) has the
lowest pH? (The hydrated proton is shown as a
hydronium ion. Water molecules are omitted for|
clarity.)
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Media

The Student Interactive Activities on the chapter opening
page enables the student and instructor to see at a glance
the media that can be incorporated into the learning pro-
cess. Within the text, an icon r shows the student where
the concept in the animation or interactive is introduced.
The icon directs the student to the ARIS website for view-
ing. For the instructor, there are also directions for finding
the animation or interactive in the instructor materials.

* Animations—We have a library of animations that
support the sixth edition. The animations visually
bring to life the areas in chemistry that are difficult to
understand by reading alone. The animations are

marked by an icon and located within ARIS for stu-
dent use.

e Electronic Homework (ARIS)—The Practice
Exercises from the Worked Examples and many end-
of-chapter problems are in the electronic homework
system ARIS. Each exercise and end-of-chapter
problem contained in ARIS is marked by &

Instructor Resources

McGraw-Hill offers various tools and technology prod-
ucts to support the General Chemistry, Sixth Edition.

Instructors can obtain teaching aides by calling
the McGraw-Hill Customer Service Department at
1-800-338-3987, visiting our online catalog at www.
mhhe.com, or by contacting their local McGraw-Hill
sales representative.

P CARIS

The Assessment, Review, and Instruction System, also
known as McGraw-Hill ARIS, is an electronic homework
and course management system designed for greater flexi-
bility, power, and ease of use than any other system. Whether
you are looking for a preplanned course or one you can
customize to fit your course needs, ARIS is your solution.

In addition to having access to all student digital
learning objects, ARIS enables instructors to:

Build Assignments

® Choose from prebuilt assignments or create your own
custom content by importing your own content or editing
an existing assignment from the prebuilt assignment.

® Assignments can include quiz questions, animations,
and videos—anything found on the website.

e (Create announcements and utilize full course or indi-
vidual student communcation tools.

® Assign questions developed following the problem-
solving strategy used within the textual material, en-
abling students to continue the learning process from
the text into their homework assignments in a struc-
tured manner.

¢ Instructors can choose the assignment setting for an
individual student to help manage missed assign-
ments, special needs students, and any specific situa-
tions that arise during the semester.

® Assign algorithmic questions, providing students with
multiple chances to practice and gain skill at problem
solving on the same concept.



Track Student Progress
® Assignments are automatically graded.

® Gradebook functionality enables full course manage-
ment, including:

—Dropping the lowest grades
—Weighting grades/manually adjusting grades

—Exporting your gradebook to Excel, WebCT, or
BlackBoard

—Manipulating data, enabling you to track student
progress through multiple reports

—Providing a visual representation of key grade book
reports

—Offering the opportunity to select an assignment
and view detailed statistics on student performance
for each question

Offer More Flexibility

e Sharing Course Materials with Colleagues—
Instructors can create and share course materials and
assignments with colleagues with a few clicks of the
mouse, allowing for multiple section courses with
many instructors (and TAs) to continually be in synch
if desired.

¢ Integration with BlackBoard or WebCT—Once a
student is registered in the course, all student activity
within McGraw-Hill ARIS is automatically recorded
and available to the instructor through a fully inte-
grated grade book that can be downloaded to Excel,
‘WebCT, or Blackboard.

Presentation Center

The Presentation Center is a complete set of electronic
book images and assets for instructors. You can build in-
structional materials wherever, whenever, and however
you want! Accessed from your textbook’s ARIS website,
the Presentation Center is an online digital library contain-
ing photos, artwork, animations, and other media types
that can be used to create customized lectures, visually
enhanced tests and quizzes, compelling course websites,
or attractive printed support materials. All assets are copy-
righted by McGraw-Hill Higher Education, but can be
used by instructors for classroom purposes. The visual re-
sources in this collection include:

e Art Full-color digital files of all illustrations in the
book can be readily incorporated into lecture presen-
tations, exams, or custom-made classroom materials.
In addition, all files are preinserted into PowerPoint®
slides for ease of lecture preparation.
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® Photos The photo collection contains digital files of
photographs from the text, which can be reproduced
for multiple classroom uses.

e Tables Every table that appears in the text has been
saved in electronic form for use in classroom presen-
tations and/or quizzes.

® Animations Numerous full-color animations illus-
trating important processes are also provided. Har-
ness the visual impact of concepts in motion by
importing these files into classroom presentations or
online course materials.

Also residing on your textbook’s ARIS website are:

* PowerPoint Lecture Outlines Ready-made pre-
sentations that combine art, and lecture notes are
provided for each chapter of the text.

* PowerPoint Slides For instructors who prefer to
create their lectures from scratch, all illustrations,
photos, and tables are preinserted by chapter into
blank PowerPoint slides.

e Instructor Solution Manual Solutions are pro-
vided for all end-of-chapter problems in the text.

Access to your book, access to all books!

The Presentation Center library includes thousands of as-
sets from many McGraw-Hill titles. This ever-growing
resource gives instructors the power to utilize assets spe-
cific to an adopted textbook as well as content from all
other books in the library.

Nothing could be easier!

Accessed from the instructor side of your textbook’s ARIS
website, the Presentation Center’s dynamic search engine
enables you to explore by discipline, course, textbook
chapter, asset type, or keyword. Simply browse, select, and
download the files you need to build engaging course ma-
terials. All assets are copyrighted by McGraw-Hill Higher
Education but can be used by instructors for classroom
purposes. Instructors: To access ARIS, request registration
information from your McGraw-Hill sales representative.

Computerized Test Bank Online

A comprehensive bank of test questions by Ken Goldsby
(Florida State University) and Jason Overby (College of
Charleston) is provided within a computerized test bank,
enabling you to create paper and online tests or quizzes in
this easy-to-use program. Imagine being able to create and
access your test or quiz anywhere, at any time.

Instructors can create or edit questions and drag-and-
drop questions to create tests quickly and easily. The test
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can be published automatically online to your course and
course management system, or you can print them for
paper-based tests.

The test bank contains multiple-choice, true/false, and
short answer questions. The questions, which are graded in
difficulty, are comparable to the problems in the text.

Student Response System

Wireless technology brings interactivity into the class-
room or lecture hall. Instructors and students receive im-
mediate feedback through wireless response pads that are
easy to use and engage students. This system can be used
by instructors to

e Take attendance

® Administer quizzes and tests

¢ Create a lecture with intermittent questions

® Manage lectures and student comprehension through
the use of the grade book

® Integrate interactivity into their PowerPoint presen-
tations

Content Delivery Flexibility

General Chemistry by Raymond Chang and Jason Overby
is available in many formats in addition to the traditional
textbook to give instructors and students more choices
when deciding on the format of their chemistry text.
Choices include:

Color Custom by Chapter

For even more flexibility, we offer the Chang/Overby
General Chemistry text in a full-color, custom version
that enables instructors to pick the chapters they want
to include. Students pay for only what the instructor
chooses.

eBook

If you or your students are ready for an alternative version of
the traditional textbook, McGraw-Hill brings you innovative
and inexpensive electronic textbooks. By purchasing ebooks
from McGraw-Hill, students can save as much as 50%
on selected titles delivered on the most advanced ebook
platform.

eBooks from McGraw-Hill are smart, interactive,
searchable, and portable with a powerful suite of built-
in tools that enable detailed searching, highlighting,
note taking, and student-to-student or instructor-to-
student note sharing. In addition, the media-rich ebook
for General Chemistry integrates relevant animations
and videos into the textbook content for a true multimedia

learning experience. ebooks from McGraw-Hill will
help students study smarter and quickly find the infor-
mation they need. And they will save money. Contact
your McGraw-Hill sales representative to discuss ebook
packaging options.

@Oegrity campus

McGraw-Hill Tegrity Campus is a service that makes class
time available all the time by automatically capturing every
lecture in a searchable format for students to review when they
study and complete assignments. With a simple one-click start
and stop process, you capture all computer screens and cor-
responding audio. Students replay any part of any class with
easy-to-use browser-based viewing on a PC or Mac.

Educators know that the more students can see, hear,
and experience class resources, the better they learn. With
Tegrity Campus, students quickly recall key moments by
using Tegrity Campus’s unique search feature. This search
helps students efficiently find what they need, when they
need it across an entire semester of class recordings. Help
turn all your students’ study time into learning moments
immediately supported by your lecture.

To learn more about Tegrity watch a 2 minute Flash
demo at tegritycampus.mhhe.com.

Cooperative Chemistry Laboratory Manual

By Melanie Cooper (Clemson University). This innova-
tive guide features open-ended problems designed to
simulate experience in a research lab. Working in groups,
students investigate one problem over a period of sev-
eral weeks, so that they might complete three or four
projects during the semester, rather than one prepro-
grammed experiment per class. The emphasis here is on
experimental design, analysis problem solving, and
communication.

Student Resources

McGraw-Hill offers various tools and technology prod-
ucts to support the General Chemistry, Sixth Edition.

Students can order supplemental study materials by
contacting their campus bookstore, calling 1-800-262-
4729, or online at www.shopmcgraw-hill.com.

Problem-Solving Workbook with Solutions

By Brandon J. Cruickshank (Northern Arizona University)
and Raymond Chang, this workbook is a success guide
written for use with General Chemistry. It aims to help
students hone their analytical and problem-solving skills
by presenting detailed approaches to solving chemical



problems. Solutions for all of the text’s even-numbered
problems are included.
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McGraw-Hill ARIS (Assessment, Review, and Instruc-
tion System) is an electronic study system that offers stu-
dents a digital portal of knowledge.

Students can readily access a variety of digital learning
objects, which include:

¢ Chapter-level quizzing

® Animations

¢ Interactives

e MP3 and MP4 downloads of selected content
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General chemistry is commonly perceived to be more dif-
ficult than most other subjects. There is some justification
for this perception. For one thing, chemistry has a very
specialized vocabulary. At first, studying chemistry is like
learning a new language. Furthermore, some of the con-
cepts are abstract. Nevertheless, with diligence you can
complete this course successfully, and you might even en-
joy it. Here are some suggestions to help you form good
study habits and master the material in this text.

e Attend classes regularly and take careful notes.

¢ If possible, always review the topics discussed in
class the same day they are covered in class. Use this
book to supplement your notes.

® Think critically. Ask yourself if you really under-
stand the meaning of a term or the use of an equation.
A good way to test your understanding is to explain a
concept to a classmate or some other person.

® Do not hesitate to ask your instructor or your teach-
ing assistant for help.

The sixth edition tools for General Chemistry are designed
to enable you to do well in your general chemistry course.
The following guide explains how to take full advantage
of the text, technology, and other tools.

e Before delving into the chapter, read the chapter out-
line and the chapter introduction to get a sense of the
important topics. Use the outline to organize your
note taking in class.

e Use the Student Interactive Activities icon as a guide
to review challenging concepts in motion. The ani-
mations are valuable in presenting a concept and en-
abling the student to manipulate or choose steps so
full understanding can happen.

e At the end of each chapter, you will find a summary
of facts and concepts, key equations, and a list of key
words, all of which will help you review for exams.

xxii

e Definitions of the key words can be studied in con-
text on the pages cited in the end-of-chapter list or in
the glossary at the back of the book.

® ARIS houses an extraordinary amount of resources.
You can explore chapter quizzes, animations, inter-
activities, simulations, and more.

e Careful study of the worked-out examples in the
body of each chapter will improve your ability to
analyze problems and correctly carry out the calcu-
lations needed to solve them. Also take the time to
work through the practice exercise that follows each
example to be sure you understand how to solve the
type of problem illustrated in the example. The an-
swers to the practice exercises appear at the end of
the chapter, following the homework problems. For
additional practice, you can turn to similar home-
work problems referred to in the margin next to the
example.

® The questions and problems at the end of the chapter
are organized by section.

® The back inside cover shows a list of important
figures and tables with page references. This index
makes it convenient to quickly look up information
when you are solving problems or studying related
subjects in different chapters.

If you follow these suggestions and stay up-to-date
with your assignments, you should find that chemistry is
challenging, but less difficult and much more interesting
than you expected.

Raymond Chang
Jason Overby
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A “nanocar” rolls on a surface of gold atoms as detected by a
scanning tunneling microscope. The atomic scale vehicle is
assembled using buckminsterfullerene, or “buckyballs,” a molecule
with 60 carbon atoms in a sphere, in a series of well-defined
chemical reactions. The entire nanocar is 20,000 times smaller
than a human hair.
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Introduction

ESSENTIAL CONCEPTS

The Study of Chemistry Chemistry is the study of the proper-
ties of matter and the changes it undergoes. Elements and com-
pounds are substances that take part in chemical transformation.

Physical and Chemical Properties To characterize a substance,
we need to know its physical properties, which can be observed
without changing its identity, and chemical properties, which can
be demonstrated only by chemical changes.

Measurements and Units Chemistry is a quantitative science
and requires measurements. The measured quantities (for exam-
ple, mass, volume, density, and temperature) usually have units
associated with them. The units used in chemistry are based on
the international system (SI) of units.

Handling Numbers Scientific notation is used to express large
and small numbers, and each number in a measurement must
indicate the meaningful digits, called significant figures.

Doing Chemical Calculations A simple and effective way to
perform chemical calculations is dimensional analysis. In this
procedure, an equation is set up in such a way that all the units
cancel except the ones for the final answer.




CHAPTER 1

Introduction

1.1 The Study of Chemistry

Whether or not this is your first course in chemistry, you undoubtedly have some
preconceived ideas about the nature of this science and about what chemists do. Most
likely, you think chemistry is practiced in a laboratory by someone in a white coat
who studies things in test tubes. This description is fine, up to a point. Chemistry is
largely an experimental science, and a great deal of knowledge comes from laboratory
research. In addition, however, today’s chemists may use a computer to study the
microscopic structure and chemical properties of substances or employ sophisticated
electronic equipment to analyze pollutants from auto emissions or toxic substances in
the soil. Many frontiers in biology and medicine are currently being explored at the
level of atoms and molecules—the structural units on which the study of chemistry
is based. Chemists participate in the development of new drugs and in agricultural
research. What’s more, they are seeking solutions to the problem of environmental
pollution along with replacements for energy sources. And most industries, whatever
their products, have a basis in chemistry. For example, chemists developed the poly-
mers (very large molecules) that manufacturers use to make a wide variety of goods,
including clothing, cooking utensils, artificial organs, and toys. Indeed, because of its
diverse applications, chemistry is often called the “central science.”

How to Study Chemistry

Compared with other subjects, chemistry is commonly perceived to be more difficult,
at least at the introductory level. There is some justification for this perception. For
one thing, chemistry has a very specialized vocabulary. At first, studying chemistry is
like learning a new language. Furthermore, some of the concepts are abstract. Never-
theless, with diligence you can complete this course successfully—and perhaps even
pleasurably. Listed here are some suggestions to help you form good study habits and
master the material:

e Attend classes regularly and take careful notes.

¢ If possible, always review the topics you learned in class the same day the topics
are covered in class. Use this book to supplement your notes.

® Think critically. Ask yourself if you really understand the meaning of a term or
the use of an equation. A good way to test your understanding is for you to
explain a concept to a classmate or some other person.

® Do not hesitate to ask your instructor or your teaching assistant for help.

You will find that chemistry is much more than numbers, formulas, and abstract
theories. It is a logical discipline brimming with interesting ideas and applications.

1.2 The Scientific Method

All sciences, including the social sciences, employ variations of what is called the
scientific method—a systematic approach to research. For example, a psychologist
who wants to know how noise affects people’s ability to learn chemistry and a chem-
ist interested in measuring the heat given off when hydrogen gas burns in air follow
roughly the same procedure in carrying out their investigations. The first step is care-
fully defining the problem. The next step includes performing experiments, making
careful observations, and recording information, or data, about the system—the part
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of the universe that is under investigation. (In these examples, the systems are the
group of people the psychologist will study and a mixture of hydrogen and air.)

The data obtained in a research study may be both qualitative, consisting of
general observations about the system, and quantitative, comprising numbers obtained
by various measurements of the system. Chemists generally use standardized symbols
and equations in recording their measurements and observations. This form of repre-
sentation not only simplifies the process of keeping records, but also provides a com-
mon basis for communications with other chemists. Figure 1.1 summarizes the main
steps of the research process.

When the experiments have been completed and the data have been recorded, the
next step in the scientific method is interpretation, meaning that the scientist attempts
to explain the observed phenomenon. Based on the data that were gathered, the
researcher formulates a hypothesis, or tentative explanation for a set of observations.
Further experiments are devised to test the validity of the hypothesis in as many ways
as possible, and the process begins anew.

After a large amount of data has been collected, it is often desirable to summarize
the information in a concise way, as a law. In science, a law is a concise verbal or
mathematical statement of a relationship between phenomena that is always the same
under the same conditions. For example, Sir Isaac Newton’s second law of motion,
which you may remember from high school science, says that force equals mass
times acceleration (F = ma). What this law means is that an increase in the mass or
in the acceleration of an object always increases the object’s force proportionally,
and a decrease in mass or acceleration always decreases the force.

Hypotheses that survive many experimental tests of their validity may evolve
into theories. A theory is a unifying principle that explains a body of facts and/or
those laws that are based on them. Theories, too, are constantly being tested. If a
theory is disproved by experiment, then it must be discarded or modified so that it
becomes consistent with experimental observations. Proving or disproving a theory
can take years, even centuries, in part because the necessary technology is not available.
Atomic theory, which we will study in Chapter 2, is a case in point. It took more
than 2000 years to work out this fundamental principle of chemistry proposed by
Democritus, an ancient Greek philosopher.

Scientific progress is seldom, if ever, made in a rigid, step-by-step fashion. Some-
times a law precedes a theory; sometimes it is the other way around. Two scientists
may start working on a project with exactly the same objective, but may take drasti-
cally different approaches. They may be led in vastly different directions. Scientists
are, after all, human beings, and their modes of thinking and working are very much
influenced by their backgrounds, training, and personalities.

The development of science has been irregular and sometimes even illogical.
Great discoveries are usually the result of the cumulative contributions and experience
of many workers, even though the credit for formulating a theory or a law is usually
given to only one individual. There is, of course, an element of luck involved in sci-
entific discoveries, but it has been said that “chance favors the prepared mind.” It takes
an alert and well-trained person to recognize the significance of an accidental discov-
ery and to take full advantage of it. More often than not, the public learns only of
spectacular scientific breakthroughs. For every success story, however, there are hun-
dreds of cases in which scientists spent years working on projects that ultimately led
to a dead end. Many positive achievements came only after many wrong turns and at
such a slow pace that they went unheralded. Yet even the dead ends contribute some-
thing to the continually growing body of knowledge about the physical universe. It is
the love of the search that keeps many scientists in the laboratory.

Observation ~—

Representation

Interpretation = ——

Figure 1.1

The three levels of studying
chemistry and their relationships.
Observation deals with events in
the macroscopic world; atoms
and molecules constitute the
microscopic world. Representa-
tion is a scientific shorthand for
describing an experiment in
symbols and chemical equations.
Chemists use their knowledge of
atoms and molecules to explain
an observed phenomenon.
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The Chinese characters for
chemistry mean “The study
of change.”

Figure 1.2

The three states of matter for
water: solid ice, liquid water,
and gaseous steam.

Introduction

Review oF CONCEPTS

Which of the following statements is true?
(a) A hypothesis always leads to the formation of a law.
(b) The scientific method is a rigid sequence of steps in solving problems.

(c) A law summarizes a series of experimental observations; a theory provides an
explanation for the observations.

1.3 Classifications of Matter

Matter is anything that occupies space and has mass, and chemistry is the study of mat-
ter and the changes it undergoes. All matter, at least in principle, can exist in three states:
solid, liquid, and gas. Solids are rigid objects with definite shapes. Liquids are less rigid
than solids and are fluid—they are able to flow and assume the shape of their containers.
Like liquids, gases are fluid, but unlike liquids, they can expand indefinitely.

The three states of matter can be interconverted without changing the composition
of the substance. Upon heating, a solid (for example, ice) will melt to form a liquid
(water). (The temperature at which this transition occurs is called the melting point.)
Further heating will convert the liquid into a gas. (This conversion takes place at the
boiling point of the liquid.) On the other hand, cooling a gas will cause it to condense
into a liquid. When the liquid is cooled further, it will freeze into the solid form.
Figure 1.2 shows the three states of water. Note that the properties of water are unique
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Figure 1.3

(a) The mixture contains iron
filings and sand. (b) A magnet
separates the iron filings from
the mixture. The same technique
is used on a larger scale to
separate iron and steel from
nonmagnetic objects such as
aluminum, glass, and plastics.

(@) (b)

among common substances in that the molecules in the liquid state are more closely
packed than those in the solid state.

Substances and Mixtures

A substance is matter that has a definite or constant composition and distinct proper-
ties. Examples are water, silver, ethanol, table salt (sodium chloride), and carbon
dioxide. Substances differ from one another in composition and can be identified by
their appearance, smell, taste, and other properties. At present, over 20 million sub-
stances are known, and the list is growing rapidly.

A mixture is a combination of two or more substances in which the substances
retain their distinct identities. Some examples are air, soft drinks, milk, and cement.
Mixtures do not have constant composition. Therefore, samples of air collected in
different cities would probably differ in composition because of differences in altitude,
pollution, and so on.

Mixtures are either homogeneous or heterogeneous. When a spoonful of sugar
dissolves in water, the composition of the mixture, after sufficient stirring, is the same
throughout the solution. This solution is a homogeneous mixture. If sand is mixed
with iron filings, however, the sand grains and the iron filings remain visible and
separate (Figure 1.3). This type of mixture, in which the composition is not uniform,
is called a heterogeneous mixture. Adding oil to water creates another heterogeneous
mixture because the liquid does not have a constant composition.

Any mixture, whether homogeneous or heterogeneous, can be created and then
separated by physical means into pure components without changing the identities of
the components. Thus, sugar can be recovered from a water solution by heating the
solution and evaporating it to dryness. Condensing the water vapor will give us back
the water component. To separate the iron-sand mixture, we can use a magnet to
remove the iron filings from the sand, because sand is not attracted to the magnet (see
Figure 1.3b). After separation, the components of the mixture will have the same
composition and properties as they did to start with.

Elements and Compounds

A substance can be either an element or a compound. An element is a substance that
cannot be separated into simpler substances by chemical means. At present, 117 elements
have been positively identified. (See the list inside the front cover of this book.)
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Figure 1.4

(a) Natural abundance of the
elements in percent by mass. For
example, oxygen’s abundance is
45.5 percent. This means that in
a 100-g sample of Earth’s crust
there are, on the average, 45.5 g
of the element oxygen.

(b) Abundance of elements in the
human body in percent by mass.

Introduction

Table 1.1 Some Common Elements and Their Symbols

Name Symbol Name Symbol Name Symbol
Aluminum Al Fluorine 1B Oxygen (0]
Arsenic As Gold Au Phosphorus P
Barium Ba Hydrogen H Platinum Pt
Bromine Br Iodine 1 Potassium K
Calcium Ca Iron e Silicon Si
Carbon C Lead Pb Silver Ag
Chlorine Cl Magnesium Mg Sodium Na
Chromium Cr Mercury Hg Sulfur S
Cobalt Co Nickel Ni Tin Sn
Copper Cu Nitrogen N Zinc Zn

Chemists use alphabetical symbols to represent the names of the elements. The
first letter of the symbol for an element is always capitalized, but the second letter is
never capitalized. For example, Co is the symbol for the element cobalt, whereas CO
is the formula for carbon monoxide, which is made up of the elements carbon and
oxygen. Table 1.1 shows some of the more common elements. The symbols for some
elements are derived from their Latin names—for example, Au from aurum (gold),
Fe from ferrum (iron), and Na from natrium (sodium)—although most of them are
abbreviated forms of their English names.

Figure 1.4 shows the most abundant elements in Earth’s crust and in the human
body. As you can see, only five elements (oxygen, silicon, aluminum, iron, and cal-
cium) comprise over 90 percent of Earth’s crust. Of these five elements, only oxygen
is among the most abundant elements in living systems.

Most elements can interact with one or more other elements to form com-
pounds. We define a compound as a substance composed of two or more elements
chemically united in fixed proportions. Hydrogen gas, for example, burns in oxygen
gas to form water, a compound whose properties are distinctly different from those
of the starting materials. Water is made up of two parts of hydrogen and one part
of oxygen. This composition does not change, regardless of whether the water
comes from a faucet in the United States, the Yangtze River in China, or the ice
caps on Mars. Unlike mixtures, compounds can be separated only by chemical
means into their pure components.

The relationships among elements, compounds, and other categories of matter are
summarized in Figure 1.5.

All others 5.3%
Magnesium 2.8%
Calcium 4.7%

All others 1.2%
= Phosphorus 1.2%
= —Calcium 1.6%
~ T Nitrogen 3%

Oxygen
65%

Iron 6.2%

Silicon
27.2%

Aluminum 8.3% \
Hydrogen 10%

(a) (b)
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Matter
. Separation by
Mixtures - Substances
physical methods
Separation b
Homogeneous Heterogeneous Compounds p Y Elements
mixtures mixtures chemical methods

Figure 1.5

Classification of matter.

REVIEW OF CONCEPTS ,

Which of the following diagrams represent elements and which represent com-
pounds? Each color sphere (or truncated sphere) represents an atom.

¢eo 0. 0od o6

® ®oq ¢
€9 0% 9% 990
X Nint Ml T YK X
(a) (b) (c)

(d)

1.4 Physical and Chemical Properties of Matter

Substances are identified by their properties as well as by their composition. Color,
melting point, boiling point, and density are physical properties. A physical property can
be measured and observed without changing the composition or identity of a substance.
For example, we can measure the melting point of ice by heating a block of ice and
recording the temperature at which the ice is converted to water. Water differs from ice
only in appearance and not in composition, so this is a physical change; we can freeze
the water to recover the original ice. Therefore, the melting point of a substance is a
physical property. Similarly, when we say that helium gas is lighter than air, we are
referring to a physical property.

On the other hand, the statement “Hydrogen gas burns in oxygen gas to form
water” describes a chemical property of hydrogen because fo observe this property
we must carry out a chemical change, in this case burning. After the change, the
original substances, hydrogen and oxygen gas, will have vanished and a chemically
different substance—water—will have taken their place. We cannot recover hydrogen
and oxygen from water by a physical change such as boiling or freezing.

Every time we hard-boil an egg, we bring about a chemical change. When subjected
to a temperature of about 100°C, the yolk and the egg white undergo reactions that alter
not only their physical appearance but their chemical makeup as well. When eaten, the
egg is changed again, by substances in the body called enzymes. This digestive action

Hydrogen burning in air to form
water.
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is another example of a chemical change. What happens during such a process depends
on the chemical properties of the specific enzymes and of the food involved.

All measurable properties of matter fall into two categories: extensive properties
and intensive properties. The measured value of an extensive property depends on
how much matter is being considered. Mass, length, and volume are extensive proper-
ties. More matter means more mass. Values of the same extensive property can be
added together. For example, two copper pennies have a combined mass that is the
sum of the masses of each penny, and the total volume occupied by the water in two
beakers is the sum of the volumes of the water in each of the beakers.

The measured value of an intensive property does not depend on the amount of
matter being considered. Temperature is an intensive property. Suppose that we have
two beakers of water at the same temperature. If we combine them to make a single
quantity of water in a larger beaker, the temperature of the larger amount of water
will be the same as it was in two separate beakers. Unlike mass and volume, tem-
perature and other intensive properties such as melting point, boiling point, and den-
sity are not additive.

ReviEw oF CONCEPTS

The diagram in (a) shows a compound made up of atoms of two elements (represented
by the green and red spheres) in the liquid state. Which of the diagrams in (b)—(d)
represents a physical change and which diagrams represent a chemical change?

® ° ®
o" ® e ®eo o
3 e ©®
‘. ® ® o ¢
°
W (o2 e (e e % |0 s @

(a) (b) (© (d)

1.5 Measurement

The study of chemistry depends heavily on measurement. For instance, chemists use
measurements to compare the properties of different substances and to assess changes
resulting from an experiment. A number of common devices enable us to make sim-
ple measurements of a substance’s properties: The meterstick measures length; the
buret, the pipet, the graduated cylinder, and the volumetric flask measure volume
(Figure 1.6); the balance measures mass; the thermometer measures temperature.
These instruments provide measurements of macroscopic properties, which can be
determined directly. Microscopic properties, on the atomic or molecular scale, must
be determined by an indirect method, as we will see in Chapter 2.

A measured quantity is usually written as a number with an appropriate unit. To
say that the distance between New York and San Francisco by car along a certain
route is 5166 is meaningless. We must specify that the distance is 5166 kilometers.
In science, units are essential to stating measurements correctly.

SI Units

For many years scientists recorded measurements in metric units, which are related
decimally, that is, by powers of 10. In 1960, however, the General Conference of
Weights and Measures, the international authority on units, proposed a revised metric
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system called the International System of Units (abbreviated SI, from the French
System /nternational d’Unites). Table 1.2 shows the seven SI base units. All other SI
units of measurement can be derived from these base units. Like metric units, SI units
are modified in decimal fashion by a series of prefixes, as shown in Table 1.3. We
use both metric and SI units in this book.

Measurements that we will utilize frequently in our study of chemistry include
time, mass, volume, density, and temperature.

Mass and Weight

Mass is a measure of the quantity of matter in an object. The terms “mass” and
“weight” are often used interchangeably, although, strictly speaking, they refer to
different quantities. In scientific terms, weight is the force that gravity exerts on an
object. An apple that falls from a tree is pulled downward by Earth’s gravity. The
mass of the apple is constant and does not depend on its location, but its weight
does. For example, on the surface of the moon the apple would weigh only one-sixth

Table 1.2 | S| Base Units

Base Quantity Name of Unit Symbol
Length meter m
Mass kilogram kg
Time second S
Electrical current ampere A
Temperature kelvin K
Amount of substance mole mol

Luminous intensity candela cd

1.5 Measurement

Figure 1.6

Some common measuring
devices found in a chemistry
laboratory. These devices are
not drawn to scale relative to
one another. We will discuss the
use of these measuring devices
in Chapter 4.
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Note that a metric prefix simply repre-
sents a number:
Tmm=1x10"m

An astronaut jumping on the
surface of the moon.

Volume: 1000 cm?;

1000 mL;
1 dm?;
1L
—> l—1lcm
[ — 10 cm =1 dm —>

Volume: 1 cm?;

1 mL
7

— l—1lcm
Figure 1.7

Comparison of two volumes,
1 mL and 1000 mL.

Table 1.3 Prefixes Used with Sl Units

Prefix Symbol Meaning Example

tera- T 1,000,000,000,000, or 10" 1 terameter (Tm) = 1 X 10” m
giga- G 1,000,000,000, or 10° 1 gigameter (Gm) = 1 X 10° m
mega- M 1,000,000, or 10° 1 megameter (Mm) = 1 X 10° m
kilo- k 1,000, or 10° 1 kilometer (km) = 1 X 10° m
deci- d 1/10, or 107! 1 decimeter (dm) = 0.1 m

centi- c 1/100, or 1072 1 centimeter (cm) = 0.01 m
milli- m 1/1,000, or 1073 1 millimeter (mm) = 0.001 m
micro- nw 1/1,000,000, or 10°° 1 micrometer (um) = 1 X 10°°m
nano- n 1/1,000,000,000, or 10~° 1 nanometer (nm) = 1 X 10™° m
pico- p 1/1,000,000,000,000, or 102 1 picometer (pm) = 1 X 10" m

what it does on Earth, because of the smaller mass of the moon. This is why astro-
nauts were able to jump about rather freely on the moon’s surface despite their bulky
suits and equipment. The mass of an object can be determined readily with a balance,
and this process, oddly, is called weighing.

The SI base unit of mass is the kilogram (kg), but in chemistry the smaller gram
(g) is more convenient:

lkg=1000g=1X10’¢g

Volume

Volume is length (m) cubed, so its SI-derived unit is the cubic meter (m®). Generally,
however, chemists work with much smaller volumes, such as the cubic centimeter
(cm®) and the cubic decimeter (dm?):

lem® = (1X107%2m)*=1x%x10"°m’
ldm®*= 1 X 10"'m)}’=1x10"°m’
Another common, non-SI unit of volume is the liter (L). A liter is the volume

occupied by one cubic decimeter. Chemists generally use L and mL for liquid volume.
One liter is equal to 1000 milliliters (mL) or 1000 cubic centimeters:

1L = 1000 mL
= 1000 cm®

= 1dm’
and one milliliter is equal to one cubic centimeter:
ImL = 1cm’

Figure 1.7 compares the relative sizes of two volumes.

Density
Density is the mass of an object divided by its volume:
mass
density =
volume
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or
d=— (1.1)

where d, m, and V denote density, mass, and volume, respectively. Note that density
is an intensive property that does not depend on the quantity of mass present. The
reason is that V increases as m does, so the ratio of the two quantities always remains
the same for a given material.

The SI-derived unit for density is the kilogram per cubic meter (kg/m?). This unit
is awkwardly large for most chemical applications. Therefore, grams per cubic centi-
meter (g/cm’) and its equivalent, grams per milliliter (g/mL), are more commonly used
for solid and liquid densities. Table 1.4 lists the densities of several substances.

EXAMPLE 1.1 \ \

Gold is a precious metal that is chemically unreactive. It is used mainly in jewelry,
dentistry, and electronic devices. A piece of gold ingot with a mass of 257 g has a
volume of 13.3 cm’. Calculate the density of gold.

Solution We are given the mass and volume and asked to calculate the density.
Therefore, from Equation (1.1), we write

a=2
\% & GOy -
_ 257g Gold bars and the solid-state
= 133 cm? arrangement of the gold atoms.
= 193 g/cm3 Similar problems: 1.17, 1.18.
Practice Exercise A piece of platinum metal with a density of 21.5 g/cm® has a <4

volume of 4.49 cm>. What is its mass?

Note that the Kelvin scale does not have

Temperature Scales the degree sign. Also, temperatures ex-

pressed in kelvins can never be negative.
Three temperature scales are currently in use. Their units are °F (degrees Fahrenheit),
°C (degrees Celsius), and K (kelvin). The Fahrenheit scale, which is the most com- Table 1.4
monly used scale in the United States outside the laboratory, defines the normal freez-
ing and boiling points of water to be exactly 32°F and 212°F, respectively. The [aEUEIIEERGRE )T
Celsius scale divides the range between the freezing point (0°C) and boiling point |l S EERY
(100°C) of water into 100 degrees. As Table 1.2 shows, the kelvin is the SI base unit

Density
of temperature; it is the absolute temperature scale. By absolute we mean that the  §ubstance (g/cm’®)

zero on the Kelvin scale, denoted by 0 K, is the lowest temperature that can be attained

theoretically. On the other hand, O°F and 0°C are based on the behavior of an arbi- . oo
trarily chosen substance, water. Figure 1.8 compares the three temperature scales. Ethanol 0.79
The size of a degree on the Fahrenheit scale is only 100/180, or 5/9, of a degree ~ Water 1.00
on the Celsius scale. To convert degrees Fahrenheit to degrees Celsius, we write Mercury 13.6
— % 5°C 15 Table salt 2.2
7°C = (°F — 32°F) X .
( ) 9°F (1.2) Iron 7.9
. L . . Gold 19.3
The following equation is used to convert degrees Celsius to degrees Fahrenheit:
Osmium’ 22.6
2°F = ° X (OC) + 32°F (13) * Measured at 1 atmosphere.

" Osmium (Os) is the densest element
known.

5°C
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Figure 1.8

Comparison of the three
temperature scales: Celsius,
Fahrenheit, and the absolute
(Kelvin) scales. Note that there
are 100 divisions, or 100 degrees,
between the freezing point and
the boiling point of water on the
Celsius scale, and there are 180
divisions, or 180 degrees, between
the same two temperature limits
on the Fahrenheit scale. The
Celsius scale was formerly
called the centigrade scale. Note
that the Kelvin scale does not
have the degree sign. Also,
temperature expressed in kelvins
can never be negative.

Solder is used extensively in the
construction of electronic
circuits.

Similar problems: 1.19, 1.20.

373K — 100°C —=— Boiling point — — 212°F

of water
Body
310K — 37°C — =<— temperature —> — 98.6°F
298 K 25°C ¢ <— Room ——> g 77°F
temperature

273 K 0°C § < Freezing point— § 32°F

of water
Kelvin Celsius Fahrenheit

Both the Celsius and the Kelvin scales have units of equal magnitude; that is,
one degree Celsius is equivalent to one kelvin. Experimental studies have shown that
absolute zero on the Kelvin scale is equivalent to —273.15°C on the Celsius scale.
Thus, we can use the following equation to convert degrees Celsius to kelvin:

1K
1°C

2K = (°C + 273.15°C) (1.4)

EXAMPLE 1.2

(a) Solder is an alloy made of tin and lead that is used in electronic circuits. A certain
solder has a melting point of 224°C. What is its melting point in degrees Fahrenheit?
(b) Helium has the lowest boiling point of all the elements at —452°F. Convert this
temperature to degrees Celsius. (c) Mercury, the only metal that exists as a liquid at
room temperature, melts at —38.9°C. Convert its melting point to kelvins.

Solution These three parts require that we carry out temperature conversions, so we
need Equations (1.2), (1.3), and (1.4). Keep in mind that the lowest temperature on the
Kelvin scale is zero (0 K); therefore, it can never be negative.

(a) This conversion is carried out by writing

o

5°C

X (224°C) + 32°F = 435°F

(b) Here we have

5°C
(—452°F — 32°F) X o = [=269°C

(c) The melting point of mercury in kelvins is given by

1K
(—38.9°C + 273.15°C) X °C

= 2343K

(Continued)
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Practice Exercise Convert (a) 327.5°C (the melting point of lead) to degrees <}
Fahrenheit; (b) 172.9°F (the boiling point of ethanol) to degrees Celsius; and (c) 77 K,
the boiling point of liquid nitrogen, to degrees Celsius.

ReviEw oF CONCEPTS

The density of copper is 8.94 g/cm® at 20°C and 8.91 g/cm® at 60°C. The decrease
in density is the result of which of the following?

(a) The metal expands increasing the volume.
(b) The metal contracts decreasing the volume.
(c) The mass of the metal increases.

(d) The mass of the metal decreases.

1.6 Handling Numbers

Having surveyed some of the units used in chemistry, we now turn to techniques for
handling numbers associated with measurements: scientific notation and significant
figures.

Scientific Notation

Chemists often deal with numbers that are either extremely large or extremely small.
For example, in 1 g of the element hydrogen there are roughly

602,200,000,000,000,000,000,000
hydrogen atoms. Each hydrogen atom has a mass of only
0.00000000000000000000000166 ¢

These numbers are cumbersome to handle, and it is easy to make mistakes when using
them in arithmetic computations. Consider the following multiplication:

0.0000000056 X< 0.00000000048 = 0.000000000000000002688

It would be easy for us to miss one zero or add one more zero after the decimal point.
Consequently, when working with very large and very small numbers, we use a sys-
tem called scientific notation. Regardless of their magnitude, all numbers can be
expressed in the form

N X 10"

where N is a number between 1 and 10 and n, the exponent, is a positive or negative
integer (whole number). Any number expressed in this way is said to be written in
scientific notation.

Suppose that we are given a certain number and asked to express it in scientific
notation. Basically, this assignment calls for us to find n. We count the number of
places that the decimal point must be moved to give the number N (which is between

13
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Any number raised to the power zero is
equal to one.

1 and 10). If the decimal point has to be moved to the left, then n is a positive inte-
ger; if it has to be moved to the right, n is a negative integer. The following examples
illustrate the use of scientific notation:

(1) Express 568.762 in scientific notation:

568.762 = 5.68762 X 10°

Note that the decimal point is moved to the left by two places and n = 2.
(2) Express 0.00000772 in scientific notation:

0.00000772 = 7.72 X 107°

Here the decimal point is moved to the right by six places and n = —6.

Keep in mind the following two points. First, n = 0 is used for numbers that are
not expressed in scientific notation. For example, 74.6 X 10° (n = 0) is equivalent to
74.6. Second, the usual practice is to omit the superscript when n = 1. Thus, the
scientific notation for 74.6 is 7.46 X 10 and not 7.46 X 10".

Next, we consider how scientific notation is handled in arithmetic operations.

Addition and Subtraction

To add or subtract using scientific notation, we first write each quantity—say N; and
N,—with the same exponent n. Then we combine N; and N,; the exponents remain
the same. Consider the following examples:

(74 X 10*) + (2.1 X 10%) = 9.5 X 10°

(431 X 10% + (3.9 X 10°) = (4.31 X 10" + (0.39 X 10%
=470 x 10*

(222 X 107%) — (0.41 X 107?)

1.81 X 1072

(222 X 1072 — (4.10 X 107%)

Multiplication and Division

To multiply numbers expressed in scientific notation, we multiply N; and N, in the
usual way, but add the exponents together. To divide using scientific notation, we
divide N, and N, as usual and subtract the exponents. The following examples show
how these operations are performed:

(8.0 X 10% X (5.0 X 10%) = (8.0 X 5.0)(10**?%)

=40 X 10°
=4.0 X 10’
(4.0 X 107%) X (7.0 X 10°) = (4.0 X 7.0)(107°"3)
=28 X 1072
=28x%x 10"
6.9 X 10" _ 6.9 < 1079
30x107° 3.0
=23 x 10"
8.5 X 10: _85
50x 10° 5.0

=17X107
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Significant Figures

Except when all the numbers involved are integers (for example, in counting the num-
ber of students in a class), obtaining the exact value of the quantity under investigation
is often impossible. For this reason, it is important to indicate the margin of error in
a measurement by clearly indicating the number of significant figures, which are the
meaningful digits in a measured or calculated quantity. When significant figures are
used, the last digit is understood to be uncertain. For example, we might measure the
volume of a given amount of liquid using a graduated cylinder with a scale that gives
an uncertainty of 1 mL in the measurement. If the volume is found to be 6 mL, then
the actual volume is in the range of 5 mL to 7 mL. We represent the volume of the
liquid as (6 = 1) mL. In this case, there is only one significant figure (the digit 6) that
is uncertain by either plus or minus 1 mL. For greater accuracy, we might use a
graduated cylinder that has finer divisions, so that the volume we measure is now
uncertain by only 0.1 mL. If the volume of the liquid is now found to be 6.0 mL, we
may express the quantity as (6.0 = 0.1) mL, and the actual value is somewhere between
5.9 mL and 6.1 mL. We can further improve the measuring device and obtain more
significant figures, but in every case, the last digit is always uncertain; the amount of
this uncertainty depends on the particular measuring device we use.

Figure 1.9 shows a modern balance. Balances such as this one are available in
many general chemistry laboratories; they readily measure the mass of objects to four
decimal places. Therefore, the measured mass typically will have four significant
figures (for example, 0.8642 g) or more (for example, 3.9745 g). Keeping track of
the number of significant figures in a measurement such as mass ensures that calcula-
tions involving the data will reflect the precision of the measurement.

Guidelines for Using Significant Figures

We must always be careful in scientific work to write the proper number of significant
figures. In general, it is fairly easy to determine how many significant figures a num-
ber has by following these rules:

1. Any digit that is not zero is significant. Thus, 845 cm has three significant figures,
1.234 kg has four significant figures, and so on.

2. Zeros between nonzero digits are significant. Thus, 606 m contains three signifi-
cant figures, 40,501 kg contains five significant figures, and so on.

3. Zeros to the left of the first nonzero digit are not significant. Their purpose is to
indicate the placement of the decimal point. For example, 0.08 L contains one
significant figure, 0.0000349 g contains three significant figures, and so on.

4. If a number is greater than 1, then all the zeros written to the right of the deci-
mal point count as significant figures. Thus, 2.0 mg has two significant figures,
40.062 mL has five significant figures, and 3.040 dm has four significant figures.
If a number is less than 1, then only the zeros that are at the end of the number
and the zeros that are between nonzero digits are significant. This means that
0.090 kg has two significant figures, 0.3005 L has four significant figures,
0.00420 min has three significant figures, and so on.

5. For numbers that do not contain decimal points, the trailing zeros (that is, zeros
after the last nonzero digit) may or may not be significant. Thus, 400 cm may have
one significant figure (the digit 4), two significant figures (40), or three significant
figures (400). We cannot know which is correct without more information. By using
scientific notation, however, we avoid this ambiguity. In this particular case, we can
express the number 400 as 4 X 10” for one significant figure, 4.0 X 10? for two
significant figures, or 4.00 X 10* for three significant figures.

Figure 1.9

A single-pan balance.

15



16 CHAPTER 1 Introduction

EXAMPLE 1.3

Determine the number of significant figures in the following measurements: (a) 394 cm,
(b) 5.03 g (c) 0.714 m, (d) 0.052 kg, (e) 2.720 X 10** atoms, (f) 3000 mL.

Solution (a) Three , because each digit is a nonzero digit. (b) Three , because zeros
between nonzero digits are significant. (¢) Three , because zeros to the left of the first
nonzero digit do not count as significant figures. (d) Two . Same reason as in (c).
(e) Four , because the number is greater than one, all the zeros written to the right of
the decimal point count as significant figures. (f) This is an ambiguous case. The
number of significant figures may be four (3.000 X 10%), three (3.00 X 10°), two
(3.0 X 10%), or one (3 X 10%). This example illustrates why scientific notation must be
Similar problems: 1.27, 1.28. used to show the proper number of significant figures.

€ Practice Exercise Determine the number of significant figures in each of the following
measurements: (a) 35 mL, (b) 2008 g, (c) 0.0580 m’, (d) 7.2 X 10* molecules, (e) 830 kg.

A second set of rules specifies how to handle significant figures in calculations.

1. In addition and subtraction, the answer cannot have more digits to the right of
the decimal point than either of the original numbers. Consider these examples:

89.332
+ 1.1 < one digit after the decimal point
90.432 <——round off to 90.4
2.097
—0.12 <—two digits after the decimal point

1.977 «<— round off to 1.98

The rounding-off procedure is as follows. To round off a number at a certain point
we simply drop the digits that follow if the first of them is less than 5. Thus, 8.724
rounds off to 8.72 if we want only two digits after the decimal point. If the first
digit following the point of rounding off is equal to or greater than 5, we add 1 to
the preceding digit. Thus, 8.727 rounds off to 8.73, and 0.425 rounds off to 0.43.

2. In multiplication and division, the number of significant figures in the final prod-
uct or quotient is determined by the original number that has the smallest number
of significant figures. The following examples illustrate this rule:

2.8 X 45039 = 12.61092 <— round off to 13
6.85
112.04

= 0.0611388789 «— round off to 0.0611

3. Keep in mind that exact numbers obtained from definitions (such as 1 ft = 12 in,
where 12 is an exact number) or by counting numbers of objects can be considered
to have an infinite number of significant figures.

EXAMPLE 1.4

Carry out the following arithmetic operations to the correct number of significant
figures: (a) 12,343.2 g + 0.1893 g, (b) 55.67 L — 2.386 L, (c) 7.52 m X 6.9232,
(d) 0.0239 kg + 46.5 mL, (e) 5.21 X 10° cm + 2.92 X 10% cm.

(Continued)
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Solution In addition and subtraction, the number of decimal places in the answer is
determined by the number having the lowest number of decimal places. In multiplication
and division, the significant number of the answer is determined by the number having
the smallest number of significant figures.
(a) 12,3432 ¢
= 0.1893 g
12,343.3893 g <—— round off to 12,3434 g
(b) 55.67L
— 2386 L
53.284 L <— round off to 53.28 L
(¢) 7.52 m X 6.9232 = 52.06246 m <— round off to 52.1 m

0.0239 kg
d) ————= = 0.0005139784946 kg/mL <— round off to 0.000514 kg/mL

46.5 mL .
or 5.14 X 10 " kg/mL
(e) First we change 2.92 X 10% cm to 0.292 X 10° cm and then carry out the addition

(5.21 cm + 0.292 cm) X 10°. Following the procedure in (a), we find the answer
is 5.50 X 10° cm. Similar problems: 1.29, 1.30.

Practice Exercise Carry out the following arithmetic operations and round off the €'
answers to the appropriate number of significant figures: (a) 26.5862 L + 0.17 L,

(0) 9.1 g — 4.682 g, (c) 7.1 X 10* dm X 2.2654 X 10* dm, (d) 6.54 g + 86.5542 mL,

(e) (7.55 X 10* m) — (8.62 X 10’ m).

The preceding rounding-off procedure applies to one-step calculations. In chain
calculations, that is, calculations involving more than one step, we can get a different
answer depending on how we round off. Consider the following two-step calculations:

First step: AXB=C
Second step: CXD=E
Let’s suppose that A = 3.66, B = 8.45, and D = 2.11. Depending on whether we

round off C to three (Method 1) or four (Method 2) significant figures, we obtain a
different number for E:

Method 1 Method 2
3.66 X 8.45 = 30.9 3.66 X 8.45 = 30.93
30.9 X 2.11 = 65.2 30.93 X 2.11 = 65.3

However, if we had carried out the calculation as 3.66 X 8.45 X 2.11 on a calculator
without rounding off the intermediate answer, we would have obtained 65.3 as the
answer for E. Although retaining an additional digit past the number of significant
figures for intermediate steps helps to eliminate errors from rounding, this procedure is
not necessary for most calculations because the difference between the answers is usu-
ally quite small. Therefore, for most examples and end-of-chapter problems where inter-
mediate answers are reported, all answers, intermediate and final, will be rounded.

Accuracy and Precision

In discussing measurements and significant figures it is useful to distinguish between
accuracy and precision. Accuracy tells us how close a measurement is to the true
value of the quantity that was measured. To a scientist there is a distinction between
accuracy and precision. Precision refers to how closely two or more measurements of
the same quantity agree with one another (Figure 1.10).
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Figure 1.10

The distribution of darts on a
dartboard shows the difference
between precise and accurate.
(a) Good accuracy and good
precision. (b) Poor accuracy
and good precision. (c) Poor
accuracy and poor precision.
The blue dots show the positions
of the darts.

Dimensional analysis might also
have led Einstein to his famous
mass-energy equation £ = mc’.
© ScienceCartoonsPlus.com

(2) (b) (0)

The difference between accuracy and precision is a subtle but important one.
Suppose, for example, that three students are asked to determine the mass of a piece
of copper wire. The results of two successive weighings by each student are

Student A Student B Student C

1.964 ¢ 1972 g 2.000 g
1978 ¢ 1.968 g 2.002 g
Average value 1971 g 1.970 g 2.001 g

The true mass of the wire is 2.000 g. Therefore, Student B’s results are more precise
than those of Student A (1.972 g and 1.968 g deviate less from 1.970 g than 1.964 g
and 1.978 g from 1.971 g), but neither set of results is very accurate. Student C’s results
are not only the most precise, but also the most accurate, because the average value is
closest to the true value. Highly accurate measurements are usually precise too. On the
other hand, highly precise measurements do not necessarily guarantee accurate results.
For example, an improperly calibrated meterstick or a faulty balance may give precise
readings that are in error.

Review oF CONCEPTS

Consider the following measured values: (a) 2.54 g, (b) 0.0034 L, (c) 1.408 X 10%
atoms, (d) 80036 m. Which of these quantities has the most significant figures?
Which has the least number of significant figures?

1.7 Dimensional Analysis in Solving Problems

Careful measurements and the proper use of significant figures, along with correct
calculations, will yield accurate numerical results. But to be meaningful, the answers
also must be expressed in the desired units. The procedure we use to convert between
units in solving chemistry problems is called dimensional analysis (also called the
factor-label method). A simple technique requiring little memorization, dimensional
analysis is based on the relationship between different units that express the same
physical quantity. For example, by definition 1 in = 2.54 cm (exactly). This equiva-
lence enables us to write a conversion factor as follows:

1in
2.54 cm
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Because both the numerator and the denominator express the same length, this fraction
is equal to 1. Similarly, we can write the conversion factor as

2.54 cm
1in

which is also equal to 1. Conversion factors are useful for changing units. Thus, if
we wish to convert a length expressed in inches to centimeters, we multiple the length
by the appropriate conversion factor.

2.54 cm

12.00 i1 X = 30.48 cm

We choose the conversion factor that cancels the unit inches and produces the desired
unit, centimeters. Note that the result is expressed in four significant figures because
2.54 is an exact number.

Next, let us consider the conversion of 57.8 meters to centimeters. This problem
can be expressed as

?7cm = 57.8 m
By definition,
lem=1X1072m

Because we are converting “m” to “cm,” we choose the conversion factor that has
meters in the denominator:

1 cm
1 X102 m

and write the conversion as

1 cm

2cm =578 X ———
1 X 102 a1

= 5780 cm
=578 X 10°cm

Note that scientific notation is used to indicate that the answer has three significant
figures. Again, the conversion factor 1 cm/1 X 1072 m contains exact numbers;
therefore, it does not affect the number of significant figures.

In general, to apply dimensional analysis we use the relationship

given quantity X conversion factor = desired quantity
and the units cancel as follows:

. . desired unit . i
givenumit X —————— = desired unit

i
In dimensional analysis, the units are carried through the entire sequence of calcula-
tions. Therefore, if the equation is set up correctly, then all the units will cancel except
the desired one. If this is not the case, then an error must have been made somewhere,

and it can usually be spotted by reviewing the solution.

19
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A Note on Problem Solving

At this point you have been introduced to scientific notation, significant figures, and
dimensional analysis, which will help you in solving numerical problems. Chemistry
is an experimental science and many of the problems are quantitative in nature. The
key to success in problem solving is practice. Just as a marathon runner cannot prepare
for a race by simply reading books on running and a violinist cannot give a success-
ful concert by only memorizing the musical score, you cannot be sure of your under-
standing of chemistry without solving problems. The following steps will help to
improve your skill at solving numerical problems:

1. Read the question carefully. Understand the information that is given and what
you are asked to solve. Frequently it is helpful to make a sketch that will help
you to visualize the situation.

2. Find the appropriate equation that relates the given information and the unknown
quantity. Sometimes solving a problem will involve more than one step, and you
may be expected to look up quantities in tables that are not provided in the prob-
lem. Dimensional analysis is often needed to carry out conversions.

3. Check your answer for the correct sign, units, and significant figures.

4. A very important part of problem solving is being able to judge whether the
answer is reasonable. It is relatively easy to spot a wrong sign or incorrect units.
But if a number (say 8) is incorrectly placed in the denominator instead of in the
numerator, the answer would be too small even if the sign and units of the cal-
culated quantity were correct.

5. One way to quickly check the answer is to make a “ball-park™ estimate. The idea
here is to round off the numbers in the calculation in such a way that we simplify
the arithmetic. This approach is sometimes called the “back-of-the-envelope cal-
culation” because it can be done easily without using a calculator. The answer
you get will not be exact, but it will be close to the correct one.

EXAMPLE 1.5

A person’s average daily intake of glucose (a form of sugar) is 0.0833 pound (Ib). What
is this mass in milligrams (mg)? (1 1b = 453.6 g.)

“%- GLUCOSE TABLETS
DESAVES QICRY

Strategy The problem can be stated as
?mg = 0.0833 1b

Glucose tablets can provide The relationship between pounds and grams is given in the problem. This relationship will
diabetics with a quick method enable conversion from pounds to grams. A metric conversion is then needed to convert
for raising their blood sugar grams to milligrams (1 mg = 1 X 10~ g). Arrange the appropriate conversion factors so
levels. that pounds and grams cancel and the unit milligrams is obtained in your answer.
Conversion factors for some of the Eng- Solution The sequence of conversion is
lish system units commonly used in the
United States for nonscientific measure- pounds —> grams —> milligrams
ments (for example, pounds and inches) . . )
are provided inside the back cover of this Using the following conversion factors:
book.

453.6 g 1 mg

an
11b 1X107%g
(Continued)
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we obtain the answer in one step:
453.6 g » 1 mg
1y 1xX107g

Check As an estimate, we note that 1 1b is roughly 500 g and that 1 g = 1000 mg.
Therefore, 1 Ib is roughly 5 X 10° mg. Rounding off 0.0833 Ib to 0.1 Ib, we get

2mg = 0.0833 Iy X = 3.78 X 10* mg

5 X 10* mg, which is close to the preceding quantity. Similar problem: 1.37@).
Practice Exercise A roll of aluminum foil has a mass of 1.07 kg. What is its mass in 5
pounds?

As Examples 1.6 and 1.7 illustrate, conversion factors can be squared or cubed
in dimensional analysis.

EXAMPLE 1.6

A liquid helium storage tank has a volume of 275 L. What is the volume in m>?
Strategy The problem can be stated as
7m’ =275L

How many conversion factors are needed for this problem? Recall that 1 L = 1000 cm®
and 1 ecm =1 X 102 m.

Solution We need two conversion factors here: one to convert liters to cm® and one to
convert centimeters to meters:

1000 cm® 1 X 10 %2m
om0 m
1L 1 cm

Because the second conversion deals with length (cm and m) and we want volume here,
it must therefore be cubed to give

1 X 10°m o 1X 10 m o 1 X 10 m _<1 X 10‘2m>3
1 cm 1 cm 1 cm

1 cm
This means that 1 cm® = 1 X 10”° m®. Now we can write

1000 cm’ (1 X 1072 m

3
Im’ =275k X ) = 0275m’

1k 1cm

A cryogenic storage tank for
liquid helium.

Check From the preceding conversion factors you can show that 1 L = 1 X 10° m’.
Therefore, a 275-L storage tank would be equal to 275 X 10~ m® or 0.275 m’, which
is the answer. Similar problem: 1.38(g).

Practice Exercise The volume of a room is 1.08 X 10° dm®. What is the volume in m>? €

EXAMPLE 1.7

Liquid nitrogen is obtained from liquefied air and is used to prepare frozen goods and
in low-temperature research. The density of the liquid at its boiling point (—196°C or
77 K) is 0.808 g/cm’®. Convert the density to units of kg/m”.

(Continued)
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Liquid nitrogen.

Similar problem: 1.39.

Introduction

Strategy The problem can be stated as
?kg/m® = 0.808 g/cm®

Two separate conversions are required for this problem: g —> kg and cm® —> m’.
Recall that 1 kg = 1000 g and 1 cm = 1 X 1072 m.

Solution In Example 1.6 we saw that 1 cm® = 1 X 10~° m’. The conversion factors are

1 kg 1 em?
1000 g 1 X 10 %m?
Finally,
0.808 1k 1 car
?kg/m’ = £ £ —— = 808 kg/m’
1 car® 1000g 1 X 10 °m

Check Because 1 m® = 1 X 10° cm®, we would expect much more mass in 1 m® than
in 1 cm’. Therefore, the answer is reasonable.

Practice Exercise The density of the lightest metal, lithium (L), is 5.34 X 10 kg/m’.
Convert the density to g/cm’.

ReviEw oF CONCEPTS

The Food and Drug Administration recommends no more than 65 g of daily intake
of fat. What is this mass in pounds? (1 Ib = 453.6 g.)

-\E\ //

Key Equations

d=— (1.1) Equation for density
5°C .

?7°C = (°F — 32°F) X O°F (1.2) Converting °F to °C
oF )

?7°F = S°C X (°C) + 32°F (1.3) Converting °C to °F
1K .

7K = (°C + 273.15°C) °C (1.4) Converting °C to K

\§\§ ~_—Summary of Facts and Concepts \” - //

1. The scientific method is a systematic approach to re-
search that begins with the gathering of information
through observation and measurements. In the process,
hypotheses, laws, and theories are devised and tested.

2. Chemists study matter and the substances of which it is
composed. All substances, in principle, can exist in
three states: solid, liquid, and gas. The interconversion
between these states can be effected by a change in
temperature.

3. The simplest substances in chemistry are elements.
Compounds are formed by the combination of atoms of
different elements. Substances have both unique physi-
cal properties that can be observed without changing the
identity of the substances and unique chemical proper-
ties that, when they are demonstrated, do change the
identity of the substances.

SI units are used to express physical quantities in all
sciences, including chemistry. Numbers expressed in
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scientific notation have the form N X 10", where N is
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Scientific notation helps us handle very large and very
small quantities. Most measured quantities are inexact to
some extent. The number of significant figures indicates
the exactness of the measurement.
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5. In the dimensional analysis method of solving problems
the units are multiplied together, divided into each other,
or canceled like algebraic quantities. Obtaining the cor-
rect units for the final answer ensures that the calculation
has been carried out properly.
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sun’s energy in a process called photosynthesis. (e) A
spoonful of table salt dissolves in a bowl of soup.

Which of these properties are intensive and which are
extensive? (a) length, (b) volume, (c) temperature,
(d) mass.

Which of these properties are intensive and which are
extensive? (a) area, (b) color, (c) density.

Classify each of these substances as an element or
a compound: (a) hydrogen, (b) water, (c) gold,
(d) sugar.

Classify each of these as an element or a compound:
(a) sodium chloride (table salt), (b) helium, (c) alco-
hol, (d) platinum.

Review Questions

1.13

1.14

1.15

1.1 Define these terms: (a) matter, (b) mass, (c) weight, 19
(d) substance, (e) mixture.

1.2 Which of these statements is scientifically correct?
“The mass of the student is 56 kg.”
“The weight of the student is 56 kg.”

1.3 Give an example of a homogeneous mixture and an
example of a heterogeneous mixture.

1.4 What is the difference between a physical property
and a chemical property?

1.5 Give an example of an intensive property and an ex-
ample of an extensive property.

1.6 Define these terms: (a) element, (b) compound.

Problems

1.7 Do these statements describe chemical or physical
properties? (a) Oxygen gas supports combustion.
(b) Fertilizers help to increase agricultural produc-
tion. (c) Water boils below 100°C on top of a moun-
tain. (d) Lead is denser than aluminum. (¢) Uranium
is a radioactive element.
1.8 Does each of these describe a physical change or a

chemical change? (a) The helium gas inside a bal-
loon tends to leak out after a few hours. (b) A flash-
light beam slowly gets dimmer and finally goes out.
(c) Frozen orange juice is reconstituted by adding
water to it. (d) The growth of plants depends on the

1.16

Give the SI units for expressing these: (a) length,
(b) area, (c) volume, (d) mass, (e) time, (f) force,
(g) energy, (h) temperature.

Write the numbers for these prefixes: (a) mega-,
(b) kilo-, (¢) deci-, (d) centi-, (¢) milli-, (f) micro-,
(g) nano-, (h) pico-.

Define density. What units do chemists normally use
for density? Is density an intensive or extensive
property?

Write the equations for converting degrees Celsius to
degrees Fahrenheit and degrees Fahrenheit to degrees
Celsius.
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Problems

117

1.18

&f1.19

&f1.20

Scientific Notation

CHAPTER 1 Introduction

1.28

A lead sphere has a mass of 1.20 X 10 g, and its
volume is 1.05 X 10° cm®. Calculate the density of
lead.

Mercury is the only metal that is a liquid at room
temperature. Its density is 13.6 g/mL. How many
grams of mercury will occupy a volume of 95.8 mL?

&f1.29

(a) Normally the human body can endure a tempera-
ture of 105°F for only short periods of time without
permanent damage to the brain and other vital organs.
What is this temperature in degrees Celsius? (b) Eth-
ylene glycol is a liquid organic compound that is used &1.30
as an antifreeze in car radiators. It freezes at —11.5°C.
Calculate its freezing temperature in degrees Fahren-
heit. (c) The temperature on the surface of the sun is
about 6300°C. What is this temperature in degrees
Fahrenheit? (d) The ignition temperature of paper is
451°F. What is the temperature in degrees Celsius?

(a) Convert the following temperatures to kelvin:
(1) 113°C, the melting point of sulfur, (ii) 37°C, the
normal body temperature, (iii) 357°C, the boiling

What is the number of significant figures in each
of these measured quantities? (a) 40.2 g/em’,
(b) 0.0000003 cm, (¢) 70 min, (d) 4.6 X 10" atoms.

Carry out these operations as if they were calcula-
tions of experimental results, and express each an-
swer in the correct units and with the correct number
of significant figures:

(a) 5.6792m + 0.6 m + 4.33 m

(b) 3.70g — 29133 g

(c) 4.51 cm X 3.6666 cm

(d) 3 X 10* g + 6.827 2)/(0.043 cm® — 0.021 cm?)
Carry out these operations as if they were calcula-
tions of experimental results, and express each an-
swer in the correct units and with the correct number
of significant figures:

(a) 7.310 km =+ 5.70 km
(b) (3.26 X 10~ mg) — (7.88 X 10> mg)
(c) (4.02 X 10°dm) + (7.74 X 10" dm)
(d) (7.8 m — 0.34 m)/(1.15s + 0.82's)

point of mercury. (b) Convert the following tempera- Dimensional Analysis

tures to degrees Celsius: (i) 77 K, the boiling point of

liquid nitrogen, (ii) 4.2 K, the boiling point of liquid Problems

helium, (iii) 601 K, the melting point of lead. & 1.31  Carry out these conversions: (a) 22.6 m to decime-

Gf1.32

Problems

&f1.21

1.22

123

1.24

G125

1.26

Significant Figures

Express these numbers in scientific notation: Gf1.33
(a) 0.000000027, (b) 356, (c) 0.096.

Express these numbers in scientific notation:
(a) 0.749, (b) 802.6, (c) 0.000000621.

Convert these to nonscientific notation: (a) 1.52 X
10%, (b) 7.78 X 107%,

Convert these to nonscientific notation: (a) 3.256 X
1073, (b) 6.03 X 10°,

Express the answers to these in scientific notation:
(@) 14575 + (23 %X 107h

(b) 79,500 + (2.5 X 10%)

(©) (7.0 X 107%) — (8.0 X 107

(d) (1.0 X 10% X (9.9 X 10°

Express the answers to these in scientific notation:
(a) 0.0095 + (8.5 X 107

(b) 653 + (5.75 X 107%)

(c) 850,000 — (9.0 X 10°)

(d) (3.6 X 107%) X (3.6 X 10°)

Gf1.34

&1.35

&f1.36

&f1.37

Problems

G127

What is the number of significant figures in each of
these measured quantities? (a) 4867 miles, (b) 56 mL,
(c) 60,104 tons, (d) 2900 g.

ters, (b) 25.4 mg to kilograms.

Carry out these conversions: (a) 242 Ib to milligrams,
(b) 68.3 cm? to cubic meters.

The price of gold on a certain day in 2009 was $932
per troy ounce. How much did 1.00 g of gold cost that
day? (1 troy ounce = 31.03 g.)

Three students (A, B, and C) are asked to determine
the volume of a sample of methanol. Each student
measures the volume three times with a graduated
cylinder. The results in milliliters are A (47.2, 48.2,
47.6); B (46.9,47.1,47.2); C (47.8,47.8,47.9). The
true volume of methanol is 47.0 mL. Which student
is the most accurate? Which student is the most
precise?

Three students (X, Y, and Z) are assigned the task of
determining the mass of a sample of iron. Each stu-
dent makes three determinations with a balance. The
results in grams are X (61.5, 61.6, 61.4); Y (62.8,
62.2, 62.7); 7. (61.9, 62.2, 62.1). The actual mass of
the iron is 62.0 g. Which student is the least precise?
Which student is the most accurate?

A slow jogger runs a mile in 13 min. Calculate the
speed in (a) in/s, (b) m/min, (c) km/h. (1 mi = 1609 m;
1in = 2.54 cm.)

Carry out these conversions: (a) A 6.0-ft person
weighs 168 1b. Express this person’s height in meters
and weight in kilograms. (1 Ib = 453.6 g; 1 m =
3.28 ft.) (b) The current speed limit in some states in
the United States is 55 miles per hour. What is the



1.38

Gf1.39

1.40

speed limit in kilometers per hour? (c) The speed of
light is 3.0 X 10'° cm/s. How many miles does light
travel in 1 hour? (d) Lead is a toxic substance. The
“normal” lead content in human blood is about 0.40
part per million (that is, 0.40 g of lead per million
grams of blood). A value of 0.80 part per million
(ppm) is considered to be dangerous. How many
grams of lead are contained in 6.0 X 10° g of blood
(the amount in an average adult) if the lead content is
0.62 ppm?

Carry out these conversions: (a) 1.42 light-years to

Gf1.46

G 1.47

miles (a light-year is an astronomical measure of G 1.48

distance—the distance traveled by light in a year, or
365 days), (b) 32.4 yd to centimeters, (c) 3.0 X 10
cm/s to ft/s, (d) 47.4°F to degrees Celsius,
(e) —273.15°C (the lowest temperature) to degrees
Fahrenheit, (f) 71.2 cm® to m®, (g) 7.2 m’ to liters.

Aluminum is a lightweight metal (density = 2.70 g/cm’)
used in aircraft construction, high-voltage transmission
lines, and foils. What is its density in kg/m’?

The density of ammonia gas under certain conditions
is 0.625 g/L. Calculate its density in g/cm®.

Additional Problems

1.41

1.42

1.43

GF1.44

G145

Which of these describe physical and which describe
chemical properties? (a) Iron has a tendency to rust.
(b) Rainwater in industrialized regions tends to be
acidic. (c) Hemoglobin molecules have a red color.
(d) When a glass of water is left out in the sun, the
water gradually disappears. (e) Carbon dioxide in air
is converted to more complex molecules by plants
during photosynthesis.

In 2004 about 87.0 billion pounds of sulfuric acid
were produced in the United States. Convert this
quantity to tons.

Suppose that a new temperature scale has been de-
vised on which the melting point of ethanol
(—117.3°C) and the boiling point of ethanol (78.3°C)
are taken as 0°S and 100°S, respectively, where S is
the symbol for the new temperature scale. Derive an
equation relating a reading on this scale to a reading
on the Celsius scale. What would this thermometer
read at 25°C?

In the determination of the density of a rectangular
metal bar, a student made the following measure-
ments: length, 8.53 cm; width, 2.4 cm; height, 1.0 cm;
mass, 52.7064 g. Calculate the density of the metal to
the correct number of significant figures.

Calculate the mass of each of these: (a) a sphere of gold
of radius 10.0 cm [the volume of a sphere of radius r
is V = (3) 7r°; the density of gold = 19.3 g/cm’], (b) a
cube of platinum of edge length 0.040 mm (the density
of platinum = 21.4 g/cm®), (c) 50.0 mL of ethanol (the
density of ethanol = 0.798 g/mL).

1.49

1.50

&f1.51

1.52

G153

1.54

G155

1.56
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Questions and Problems

A cylindrical glass tube 12.7 cm in length is filled
with mercury. The mass of mercury needed to fill
the tube is found to be 105.5 g. Calculate the inner
diameter of the tube. (The density of mercury =
13.6 g/mL.)

This procedure was carried out to determine the vol-
ume of a flask. The flask was weighed dry and then
filled with water. If the masses of the empty flask and
the filled flask were 56.12 g and 87.39 g, respectively,
and the density of water is 0.9976 g/cm’, calculate
the volume of the flask in cubic centimeters.

A silver (Ag) object weighing 194.3 g is placed in a
graduated cylinder containing 242.0 mL of water.
The volume of water now reads 260.5 mL. From
these data calculate the density of silver.

The experiment described in Problem 1.48 is a crude
but convenient way to determine the density of some
solids. Describe a similar experiment that would en-
able you to measure the density of ice. Specifically,
what would be the requirements for the liquid used in
your experiment?

The speed of sound in air at room temperature is about
343 m/s. Calculate this speed in miles per hour (mph).

The medicinal thermometer commonly used in homes
can be read to =0.1°F, whereas those in the doctor’s
office may be accurate to =0.1°C. In degrees Celsius,
express the percent error expected from each of these
thermometers in measuring a person’s body tempera-
ture of 38.9°C.

A thermometer gives a reading of 24.2°C = 0.1°C.
Calculate the temperature in degrees Fahrenheit.
What is the uncertainty?

Vanillin (used to flavor vanilla ice cream and other
foods) is the substance whose aroma the human nose
detects in the smallest amount. The threshold limit is
2.0 X 107" g per liter of air. If the current price of
50 g of vanillin is $112, determine the cost to supply
enough vanillin so that the aroma could be detectable
in a large aircraft hangar of volume 5.0 X 107 ft’.

A resting adult requires about 240 mL of pure
oxygen/min and breathes about 12 times every minute.
If inhaled air contains 20 percent oxygen by volume
and exhaled air 16 percent, what is the volume of air
per breath? (Assume that the volume of inhaled air is
equal to that of exhaled air.)

The total volume of seawater is 1.5 X 10*! L. Assume
that seawater contains 3.1 percent sodium chloride by
mass and that its density is 1.03 g/mL. Calculate the
total mass of sodium chloride in kilograms and in
tons. (1 ton = 2000 1b; 1 1b = 453.6 g.)

Magnesium (Mg) is a valuable metal used in alloys,
in batteries, and in chemical synthesis. It is obtained
mostly from seawater, which contains about 1.3 g of
Mg for every kilogram of seawater. Calculate the
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volume of seawater (in liters) needed to extract
8.0 X 10* tons of Mg, which is roughly the annual
production in the United States. (Density of seawater =
1.03 g/mL.)

A student is given a crucible and asked to prove
whether it is made of pure platinum. She first weighs
the crucible in air and then weighs it suspended in
water (density = 0.9986 g/cm’). The readings are
860.2 g and 820.2 g, respectively. Given that the den-
sity of platinum is 21.45 g/cm®, what should her con-
clusion be based on these measurements? (Hint: An
object suspended in a fluid is buoyed up by the mass
of the fluid displaced by the object. Neglect the buoy-
ancy of air.)

At what temperature does the numerical reading on a
Celsius thermometer equal that on a Fahrenheit ther-
mometer?

The surface area and average depth of the Pacific
Ocean are 1.8 X 10% km? and 3.9 X 10° m, respec-
tively. Calculate the volume of water in the ocean in
liters.

Percent error is often expressed as the absolute value
of the difference between the true value and the ex-
perimental value, divided by the true value:

Percent error =
|true value — experimental value|

X 100%
|true value|

where the vertical lines indicate absolute value. Cal-
culate the percent error for these measurements:
(a) The density of alcohol (ethanol) is found to be
0.802 g/mL. (True value: 0.798 g/mL.) (b) The mass
of gold in an earring is analyzed to be 0.837 g. (True
value: 0.864 g.)

Osmium (Os) is the densest element known (density =
22.57 g/em®). Calculate the mass in pounds and kilo-
grams of an Os sphere 15 cm in diameter (about the
size of a grapefruit). See Problem 1.45 for volume of a
sphere.

A 1.0-mL volume of seawater contains about 4.0 X
107 "? g of gold. The total volume of ocean water is
1.5 X 10*' L. Calculate the total amount of gold in
grams that is present in seawater and its worth in dol-
lars, assuming that the price of gold is $930 an ounce.
With so much gold out there, why hasn’t someone
become rich by mining gold from the ocean?

The thin outer layer of Earth, called the crust, con-
tains only 0.50 percent of Earth’s total mass and yet
is the source of almost all the elements (the atmo-
sphere provides elements such as oxygen, nitrogen,
and a few other gases). Silicon (Si) is the second most
abundant element in Earth’s crust (27.2 percent by
mass). Calculate the mass of silicon in kilograms in
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Earth’s crust. (The mass of Earth is 5.9 X 107! tons.
1 ton = 2000 1b; 1 1b = 453.6 g.)

The diameter of a copper (Cu) atom is roughly 1.3 X
107" m. How many times can you divide evenly a
piece of 10-cm copper wire until it is reduced to two
separate copper atoms? (Assume there are appropri-
ate tools for this procedure and that copper atoms are
lined up in a straight line, in contact with each other.)
Round off your answer to an integer.

One gallon of gasoline burned in an automobile’s en-
gine produces on the average 9.5 kg of carbon diox-
ide, which is a greenhouse gas, that is, it promotes the
warming of Earth’s atmosphere. Calculate the annual
production of carbon dioxide in kilograms if there are
40 million cars in the United States, and each car
covers a distance of 5000 mi at a consumption rate of
20 mi per gallon.

A sheet of aluminum (Al) foil has a total area of 1.000
ft* and a mass of 3.636 g. What is the thickness of the
foil in millimeters? (Density of Al = 2.699 g/cm’.)

Chlorine is used to disinfect swimming pools. The
accepted concentration for this purpose is 1 ppm
chlorine or 1 g of chlorine per million g of water.
Calculate the volume of a chlorine solution (in mil-
liliters) a homeowner should add to her swimming
pool if the solution contains 6.0 percent chlorine
by mass and there are 2 X 10* gallons of water in
the pool. (1 gallon = 3.79 L; density of liquids =
1.0 g/mL.)

Fluoridation is the process of adding fluorine com-
pounds to drinking water to help fight tooth decay. A
concentration of 1 ppm of fluorine is sufficient for
the purpose. (1 ppm means 1 g of fluorine per 1 mil-
lion g of water.) The compound normally chosen for
fluoridation is sodium fluoride, which is also added
to some toothpastes. Calculate the quantity of
sodium fluoride in kilograms needed per year for a
city of 50,000 people if the daily consumption of
water per person is 150 gallons. What percent of the
sodium fluoride is “wasted” if each person uses only
6.0 L of water a day for drinking and cooking?
(Sodium fluoride is 45.0 percent fluorine by mass.
1 gallon = 3.79 L; 1 year = 365 days; density of
water = 1.0 g/mL.)

In water conservation, chemists spread a thin film of
certain inert material over the surface of water to cut
down the rate of evaporation of water in reservoirs.
This technique was pioneered by Benjamin Franklin
three centuries ago. Franklin found that 0.10 mL of
oil could spread over the surface of water of about
40 m? in area. Assuming that the oil forms a mono-
layer, that is, a layer that is only one molecule thick,
estimate the length of each oil molecule in nanometers.
(Inm=1x10"m.)
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Pheromones are compounds secreted by females of
many insect species to attract mates. Typically, 1.0 X
10~% g of a pheromone is sufficient to reach all tar-
geted males within a radius of 0.50 mi. Calculate the
density of the pheromone (in grams per liter) in a
cylindrical air space having a radius of 0.50 mi and a
height of 40 ft.

Three different 25.0 g samples of solid pellets are
added to 20.0 mL of water in three different cylinders.
The results are illustrated here. Given the densities of
the three materials used, identify each sample of solid
pellets: solid A (2.9 g/cm?), solid B (8.3 g/cm®), and
solid C (3.3 g/em?).
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Dinosaurs dominated life on Earth for millions of
years and then disappeared very suddenly. In the ex-
perimentation and data-collecting stage, paleontolo-
gists studied fossils and skeletons found in rocks in
various layers of Earth’s crust. Their findings enabled
them to map out which species existed on Earth
during specific geologic periods. They also revealed
no dinosaur skeletons in rocks formed immediately
after the Cretaceous period, which dates back some
65 million years. It is therefore assumed that the di-
nosaurs became extinct about 65 million years ago.

Among the many hypotheses put forward to ac-
count for their disappearance were disruptions of the
food chain and a dramatic change in climate caused
by violent volcanic eruptions. However, there was no
convincing evidence for any one hypothesis until
1977. It was then that a group of paleontologists
working in Italy obtained some very puzzling data at
a site near Gubbio. The chemical analysis of a layer
of clay deposited above sediments formed during the
Cretaceous period (and therefore a layer that records
events occurring after the Cretaceous period) showed
a surprisingly high content of the element iridium.
Iridium is very rare in Earth’s crust but is compara-
tively abundant in asteroids.

This investigation led to the hypothesis that the
extinction of dinosaurs occurred as follows. To ac-
count for the quantity of iridium found, scientists
suggested that a large asteroid several miles in diam-
eter hit Earth about the time the dinosaurs disap-
peared. The impact of the asteroid on Earth’s surface
must have been so tremendous that it literally vapor-
ized a large quantity of surrounding rocks, soils, and
other objects. The resulting dust and debris floated
through the air and blocked the sunlight for months
or perhaps years. Without ample sunlight most plants
could not grow, and the fossil record confirms that
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many types of plants did indeed die out at this time.
Consequently, of course, many plant-eating animals
gradually perished, and then, in turn, meat-eating
animals began to starve. Limitation of food sources
obviously affects large animals needing great amounts
of food more quickly and more severely than small
animals. Therefore, the huge dinosaurs vanished be-
cause of lack of food.

(a) How does the study of dinosaur extinction illus-
trate the scientific method?

Suggest two ways to test the hypothesis.

In your opinion, is it justifiable to refer to the as-
teroid explanation as the theory of dinosaur
extinction?

Available evidence suggests that about 20 per-
cent of the asteroid’s mass turned to dust and
spread uniformly over Earth after eventually
settling out of the upper atmosphere. This dust
amounted to about 0.02 g/cm” of Earth’s sur-
face. The asteroid very likely had a density of
about 2 g/cm’. Calculate the mass (in kilograms
and tons) of the asteroid and its radius in meters,
assuming that it was a sphere. (The area of
Earthis 5.1 X 10" m?; 11b = 453.6 g) (Source:
Consider a Spherical Cow—A Course in Envi-
ronmental Problem Solving by J. Harte, Univer-
sity Science Books, Mill Valley, CA, 1988. Used
with permission.)

(b)
©

@

You are given a liquid. Briefly describe steps you
would take to show whether it is a pure substance or
a homogeneous mixture.

A bank teller is asked to assemble “one-dollar” sets of
coins for his clients. Each set is made of three quar-
ters, one nickel, and two dimes. The masses of the
coins are: quarter: 5.645 g; nickel: 4.967 g; dime:
2.316 g. What is the maximum number of sets that can
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be assembled from 33.871 kg of quarters, 10.432 kg
of nickels, and 7.990 kg of dimes? What is the total
mass (in g) of this collection of coins?

A graduated cylinder is filled to the 40.00-mL mark
with a mineral oil. The masses of the cylinder before
and after the addition of the mineral oil are 124.966 g
and 159.446 g, respectively. In a separate experiment, a
metal ball bearing of mass 18.713 g is placed in the
cylinder and the cylinder is again filled to the 40.00-mL
mark with the mineral oil. The combined mass of the
ball bearing and mineral oil is 50.952 g. Calculate the
density and radius of the ball bearing. [The volume of a
sphere of radius ris (4/3)mr.]

Bronze is an alloy made of copper (Cu) and tin (Sn).
Calculate the mass of a bronze cylinder of radius
6.44 cm and length 44.37 cm. The composition of
the bronze is 79.42 percent Cu and 20.58 percent Sn
and the densities of Cu and Sn are 8.94 g/cm® and
7.31 glem’, respectively. What assumption should
you make in this calculation?
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A chemist in the nineteenth century prepared an un-
known substance. In general, do you think it would
be more difficult to prove that it is an element or a
compound? Explain.

Tums is a popular remedy for acid indigestion. A typi-
cal Tums tablet contains calcium carbonate plus some
inert substances. When ingested, it reacts with the gas-
tric juice (hydrochloric acid) in the stomach to give off
carbon dioxide gas. When a 1.328-g tablet reacted with
40.00 mL of hydrochloric acid (density: 1.140 g/mL),
carbon dioxide gas was given off and the resulting solu-
tion weighed 46.699 g. Calculate the number of liters of
carbon dioxide gas released if its density is 1.81 g/L.

A 250-mL glass bottle was filled with 242 mL of
water at 20°C and tightly capped. It was then left out-
doors overnight, where the average temperature was
—5°C. Predict what would happen. The density of
water at 20°C is 0.998 g/cm’ and that of ice at —5°C
is 0.916 g/cm’.

_—

1.2 (a) 621.5°F, (b) 78.3°C, (c) —196°C.

1.3 (a) Two, (b) four, (c) three, (d) two. (e) three or two.
1.4 (a)26.76 L, (b) 4.4 g, (c) 1.6 X 107 dm?, (d) 0.0756 g/mL,

(e) 6.69 X 10* m.

Answers to Practice Exercises \- 5/

i

1.5 2.36 Ib. 1.6 1.08 X 10° m’.

1.7 0.534 g/em’.



Colored images of the radioactive emission of radium (Ra). Study of
radioactivity helped to advance scientists” knowledge about atomic
structure.
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ESSENTIAL CONCEPTS

Development of the Atomic Theory The search for the funda-
mental units of matter began in ancient times. The modern ver-
sion of atomic theory was laid out by John Dalton, who postulated
that elements are made of extremely small particles, called atoms,
and that all atoms of a given element are identical, but they are
different from atoms of all other elements.

The Structure of the Atom An atom is composed of three ele-
mentary particles: proton, electron, and neutron. The proton has a
positive charge, the electron has a negative charge, and the neu-
tron has no charge. Protons and neutrons are located in a small
region at the center of the atom, called the nucleus, and electrons
are spread out about the nucleus at some distance from it.

Ways to Identify Atoms Atomic number is the number of pro-
tons in a nucleus; atoms of different elements have different
atomic numbers. Isotopes are atoms of the same element having
different numbers of neutrons. Mass number is the sum of the
number of protons and neutrons in an atom.

The Periodic Table Elements can be grouped together accord-
ing to their chemical and physical properties in a chart called the
periodic table. The periodic table enables us to classify elements
(as metals, metalloids, and nonmetals) and correlate their proper-
ties in a systematic way.

From Atoms to Molecules and Ions Atoms of most elements
interact to form compounds, which are classified as molecules
or ionic compounds made of positive (cations) and negative
(anions) ions. Chemical formulas tell us the type and number of
atoms present in a molecule or compound.

Naming Compounds The names of many inorganic com-
pounds can be deduced from a set of simple rules.

Organic Compounds The simplest type of organic compounds
is the hydrocarbons.

29
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Figure 2.1

(a) According to Dalton’s
atomic theory, atoms of the same
element are identical, but atoms
of one element are different
from atoms of other elements.
(b) Compounds formed from
atoms of elements X and Y. In
this case, the ratio of the atoms
of element X to the atoms of
element Yis 2:1.

2.1 The Atomic Theory

In the fifth century B.c., the Greek philosopher Democritus expressed the belief that
all matter consists of very small, indivisible particles, which he named afomos (mean-
ing uncuttable or indivisible). Although Democritus’ idea was not accepted by many
of his contemporaries (notably Plato and Aristotle), somehow it endured. Experimental
evidence from early scientific investigations provided support for the notion of “atom-
ism” and gradually gave rise to the modern definitions of elements and compounds. It
was in 1808 that an English scientist and schoolteacher, John Dalton, formulated a
precise definition of the indivisible building blocks of matter that we call atoms.

Dalton’s work marked the beginning of the modern era of chemistry. The
hypotheses about the nature of matter on which Dalton’s atomic theory is based can
be summarized as

1. Elements are composed of extremely small particles, called atoms.

2. All atoms of a given element are identical, having the same size, mass, and
chemical properties. The atoms of one element are different from the atoms of
all other elements.

3. Compounds are composed of atoms of more than one element. In any compound,
the ratio of the numbers of atoms of any two of the elements present is either an
integer or a simple fraction.

4. A chemical reaction involves only the separation, combination, or rearrangement
of atoms; it does not result in their creation or destruction.

Figure 2.1 is a schematic representation of hypotheses 2 and 3.

Dalton’s concept of an atom was far more detailed and specific than Democritus’.
The second hypothesis states that atoms of one element are different from atoms of
all other elements. Dalton made no attempt to describe the structure or composition
of atoms—he had no idea what an atom is really like. But he did realize that the
different properties shown by elements such as hydrogen and oxygen can be explained
by assuming that hydrogen atoms are not the same as oxygen atoms.

The third hypothesis suggests that, to form a certain compound, we need not only
atoms of the right kinds of elements, but the specific numbers of these atoms as well.
This idea is an extension of a law published in 1799 by Joseph Proust, a French
chemist. Proust’s law of definite proportions states that different samples of the same
compound always contain its constituent elements in the same proportion by mass.
Thus, if we were to analyze samples of carbon dioxide gas obtained from different
sources, we would find in each sample the same ratio by mass of carbon to oxygen.
It stands to reason, then, that if the ratio of the masses of different elements in a given
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compound is fixed, the ratio of the atoms of these elements in the compound also  Carbon monoxide
must be constant.

Dalton’s third hypothesis also supports another important law, the law of multiple . o_

c=

—_ | —

proportions. According to this law, if two elements can combine to form more than one
compound, the masses of one element that combine with a fixed mass of the other ele-
ment are in ratios of small whole numbers. Dalton’s theory explains the law of multiple
proportions quite simply: The compounds differ in the number of atoms of each kind
that combine. For example, carbon forms two stable compounds with oxygen, namely,
carbon monoxide and carbon dioxide. Modern measurement techniques indicate that ‘

Carbon dioxide

@

1

Qlo

one atom of carbon combines with one atom of oxygen in carbon monoxide and that T

one atom of carbon combines with two oxygen atoms in carbon dioxide. Thus, the ratio .

of oxygen in carbon monoxide to oxygen in carbon dioxide is 1:2. This result is con-

sistent with the law of multiple proportions because the mass of an element in a cOm-  Ragig of oxygen in

pound is proportional to the number of atoms of the element present (Figure 2.2). carbon monoxide to
Dalton’s fourth hypothesis is another way of stating the law of conservation of ~ ©xygen in carbon dioxide: 1:2

mass, which is that matter can be neither created nor destroyed.” Because matter is  Figure 2.2

made of atoms that are unchanged in a chemical reaction, it follows that mass must An illustration of the law of

be conserved as well. Dalton’s brilliant insight into the nature of matter was the main  "ltiple proportions.

stimulus for the rapid progress of chemistry during the nineteenth century.

ReviEw orF CONCEPTS '

The atoms of elements A (blue) and B (yellow) form two compounds shown here.
Do these compounds obey the law of multiple proportions?

« ¢¢

2.2 The Structure of the Atom

On the basis of Dalton’s atomic theory, we can define an afom as the basic unit of an
element that can enter into chemical combination. Dalton imagined an atom that was
both extremely small and indivisible. However, a series of investigations that began in
the 1850s and extended into the twentieth century clearly demonstrated that atoms
actually possess internal structure; that is, they are made up of even smaller particles,
which are called subatomic particles. This research led to the discovery of three such
particles—electrons, protons, and neutrons.

The Electron

In the 1890s many scientists became caught up in the study of radiation, the emission
and transmission of energy through space in the form of waves. Information gained
from this research contributed greatly to our understanding of atomic structure. One
device used to investigate this phenomenon was a cathode ray tube, the forerunner of
the television tube (Figure 2.3). It is a glass tube from which most of the air has been |
evacuated. When the two metal plates are connected to a high-voltage source, the — —

=" Animation:
Cathode Ray Tube

TAccording to Albert Einstein, mass and energy are alternate aspects of a single entity called mass-energy.
Chemical reactions usually involve a gain or loss of heat and other forms of energy. Thus, when energy is lost
in a reaction, for example, mass is also lost. Except for nuclear reactions (see Chapter 21), however, changes of
mass in chemical reactions are too small to detect. Therefore, for all practical purposes mass is conserved.
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Figure 2.3 -
A cathode ray tube with an
electric field perpendicular to

the direction of the cathode rays Anode Cathode
and an external magnetic field. /

The symbols N and S denote the /
north and south poles of the

magnet. The cathode rays will

strike the end of the tube at A in
the presence of a magnetic field,
at C in the presence of an electric
field, and at B when there are no
external fields present or when
the effects of the electric field

and magnetic field cancel each
other. Fluorescent screen

High voltage

negatively charged plate, called the cathode, emits an invisible ray. The cathode ray
is drawn to the positively charged plate, called the anode, where it passes through a
hole and continues traveling to the other end of the tube. When the ray strikes the
specially coated surface, it produces a strong fluorescence, or bright light.

In some experiments, two electrically charged plates and a magnet were added
to the outside of the cathode ray tube (see Figure 2.3). When the magnetic field is on
and the electric field is off, the cathode ray strikes point A. When only the electric
field is on, the ray strikes point C. When both the magnetic and the electric fields are
off or when they are both on but balanced so that they cancel each other’s influence,
the ray strikes point B. According to electromagnetic theory, a moving charged body
behaves like a magnet and can interact with electric and magnetic fields through which
it passes. Because the cathode ray is attracted by the plate bearing positive charges
and repelled by the plate bearing negative charges, it must consist of negatively

Electrons are normally associated with ~ charged particles. We know these negatively charged particles as electrons. Figure
:‘:(‘;R‘;u':l‘l’y‘i"“er' they can be studied 9 4 shows the effect of a bar magnet on the cathode ray.

An English physicist, J. J. Thomson, used a cathode ray tube and his knowledge
of electromagnetic theory to determine the ratio of electric charge to the mass of an
individual electron. The number he came up with is —1.76 X 108 C/g, where C stands

Figure 2.4

(a) A cathode ray produced in a discharge tube traveling from the cathode (left) to the anode (right). The ray itself is invisible, but
the fluorescence of a zinc sulfide coating on the glass causes it to appear green. (b) The cathode ray is bent downward when a bar
magnet is brought toward it. (c) When the polarity of the magnet is reversed, the ray bends in the opposite direction.
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for coulomb, which is the unit of electric charge. Thereafter, in a series of experiments
carried out between 1908 and 1917, R. A. Millikan, an American physicist, found the
charge of an electron to be —1.6022 X 10~" C. From these data he calculated the mass
of an electron:

charge
mass of an electron = ————
charge/mass
—1.6022 X 107 C
—1.76 X 10° C/g

9.10 X 107 % g

which is an exceedingly small mass.

Radioactivity

In 1895, the German physicist Wilhelm Rontgen noticed that cathode rays caused
glass and metals to emit very unusual rays. This highly energetic radiation penetrated
matter, darkened covered photographic plates, and caused a variety of substances to
fluoresce. Because these rays could not be deflected by a magnet, they could not
contain charged particles as cathode rays do. Rontgen called them X rays.

Not long after Rontgen’s discovery, Antoine Becquerel, a professor of physics in
Paris, began to study fluorescent properties of substances. Purely by accident, he found
that exposing thickly wrapped photographic plates to a certain uranium compound
caused them to darken, even without the stimulation of cathode rays. Like X rays, the
rays from the uranium compound were highly energetic and could not be deflected
by a magnet, but they differed from X rays because they were generated spontane-
ously. One of Becquerel’s students, Marie Curie, suggested the name radioactivity to
describe this spontaneous emission of particles and/or radiation. Consequently, any
element that spontaneously emits radiation is said to be radioactive.

Further investigation revealed that three types of rays are produced by the decay,
or breakdown, of radioactive substances such as uranium. Two of the three kinds are
deflected by oppositely charged metal plates (Figure 2.5). Alpha («) rays consist of
positively charged particles, called a particles, and therefore are deflected by the
positively charged plate. Beta () rays, or [ particles, are electrons and are deflected

Lead block

Radioactive substance

=" Animation:
Millikan Oil Drop

=" Animation:
Alpha, Beta, and Gamma Rays
§3

Figure 2.5

Three types of rays emitted by
radioactive elements. B rays
consist of negatively charged
particles (electrons) and are
therefore attracted by the
positively charged plate. The
opposite holds true for a rays—
they are positively charged and
are drawn to the negatively
charged plate. Because vy rays
have no charges, their path is
unaffected by an external electric
field.
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Positive charge spread
over the entire sphere

Figure 2.6

Thomson’s model of the atom,
sometimes described as the
“plum-pudding” model, after

a traditional English dessert
containing raisins. The electrons
are embedded in a uniform,
positively charged sphere.

7 Animation:
a-Particle Scattering

Figure 2.7

(a) Rutherford’s experimental
design for measuring the scatter-
ing of « particles by a piece of
gold foil. Most of the « particles
passed through the gold foil with
little or no deflection. A few were
deflected at wide angles. Occa-
sionally an « particle was turned
back. (b) Magnified view of «
particles passing through and
being deflected by nuclei.

by the negatively charged plate. The third type of radioactive radiation consists of
high—energy rays called gamma (7y) rays. Like X rays, y rays have no charge and are
not affected by an external electric or magnetic field.

The Proton and the Nucleus

By the early 1900s, two features of atoms had become clear: They contain electrons,
and they are electrically neutral. To maintain electrical neutrality, an atom must con-
tain an equal number of positive and negative charges. On the basis of this informa-
tion, Thomson proposed that an atom could be thought of as a uniform, positive sphere
of matter in which electrons are embedded (Figure 2.6). Thomson’s so-called “plum
pudding” model was the accepted theory for a number of years.

In 1910 the New Zealand physicist Ernest Rutherford, who had earlier studied
with Thomson at Cambridge University, decided to use « particles to probe the struc-
ture of atoms. Together with his associate Hans Geiger and an undergraduate named
Ernest Marsden, Rutherford carried out a series of experiments using very thin foils
of gold and other metals as targets for « particles from a radioactive source (Figure
2.7). They observed that the majority of particles penetrated the foil either undeflected
or with only a slight deflection. They also noticed that every now and then an «
particle was scattered (or deflected) at a large angle. In some instances, an « particle
actually bounced back in the direction from which it had come! This was a most
surprising finding, for in Thomson’s model the positive charge of the atom was so
diffuse (spread out) that the positive « particles were expected to pass through with
very little deflection. To quote Rutherford’s initial reaction when told of this discovery:
“It was as incredible as if you had fired a 15-inch shell at a piece of tissue paper and
it came back and hit you.”

To explain the results of the a-scattering experiment, Rutherford devised a new
model of atomic structure, suggesting that most of the atom must be empty space.
This structure would allow most of the « particles to pass through the gold foil with
little or no deflection. The atom’s positive charges, Rutherford proposed, are all con-
centrated in the nucleus, a dense central core within the atom. Whenever an « par-
ticle came close to a nucleus in the scattering experiment, it experienced a large
repulsive force and therefore a large deflection. Moreover, an « particle traveling
directly toward a nucleus would experience an enormous repulsion that could com-
pletely reverse the direction of the moving particle.

The positively charged particles in the nucleus are called protons. In separate
experiments, it was found that the charge of each proton has the same magnitude as
that of an electron and that the mass of the proton is 1.67262 X 10~** g—about 1840
times the mass of the oppositely charged electron.

At this stage of investigation, scientists perceived the atom as follows. The
mass of a nucleus constitutes most of the mass of the entire atom, but the nucleus

Gold foil
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«o Particle <

emitter .
< 5 5 ~a
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=
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occupies only about 1/10" of the volume of the atom. We express atomic (and
molecular) dimensions in terms of the SI unit called the picometer (pm), and

Ipm=1X10"m

A typical atomic radius is about 100 pm, whereas the radius of an atomic nucleus is
only about 5 X 10 pm. You can appreciate the relative sizes of an atom and its
nucleus by imagining that if an atom were the size of a sports stadium, the volume
of its nucleus would be comparable to that of a small marble. Although the protons
are confined to the nucleus of the atom, the electrons are conceived of as being spread
out about the nucleus at some distance from it.

The Neutron

Rutherford’s model of atomic structure left one major problem unsolved. It was known
that hydrogen, the simplest atom, contains only one proton and that the helium atom
contains two protons. Therefore, the ratio of the mass of a helium atom to that of a
hydrogen atom should be 2:1. (Because electrons are much lighter than protons, their
contribution can be ignored.) In reality, however, the ratio is 4:1.

Rutherford and others postulated that there must be another type of subatomic
particle in the atomic nucleus; the proof was provided by another English physicist,
James Chadwick, in 1932. When Chadwick bombarded a thin sheet of beryllium with
a particles, a very high energy radiation similar to y rays was emitted by the metal.
Later experiments showed that the rays actually consisted of electrically neutral par-
ticles having a mass slightly greater than that of protons. Chadwick named these
particles neutrons.

The mystery of the mass ratio could now be explained. In the helium nucleus
there are two protons and two neutrons, but in the hydrogen nucleus there is only one
proton and no neutrons; therefore, the ratio is 4:1.

Figure 2.8 shows the location of the elementary particles (protons, neutrons,
and electrons) in an atom. There are other subatomic particles, but the electron, the
proton, and the neutron are the three fundamental components of the atom that are
important in chemistry. Table 2.1 shows the masses and charges of these three elemen-
tary particles.

Proton

A common non-SI unit for atomic length
is the angstrom (A; 1 A = 100 pm).

If the size of an atom were
expanded to that of this sports
stadium, the size of the nucleus
would be that of a marble.

Figure 2.8

The protons and neutrons of an
atom are packed in an extremely
small nucleus. Electrons are
shown as “clouds” around the
nucleus.
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Table 2.1 Mass and Charge of Subatomic Particles

Charge
Particle Mass (g) Coulomb Charge Unit
Electron* 9.10938 X 10~ % -1.6022 x 107" -1
Proton 1.67262 X 10~ +1.6022 X 107" +1
Neutron 1.67493 X 107* 0 0

*More refined experiments have given us a more accurate value of an electron’s mass than Millikan’s.

ReviEw oF CONCEPTS

Which two of the three fundamental particles of the atom have approximately the
same mass?

2.3 Atomic Number, Mass Number, and Isotopes

All atoms can be identified by the number of protons and neutrons they contain. The
number of protons in the nucleus of each atom of an element is called the atomic
number (Z). In a neutral atom the number of protons is equal to the number of elec-
trons, so the atomic number also indicates the number of electrons present in the atom.
The chemical identity of an atom can be determined solely by its atomic number. For
example, the atomic number of nitrogen is 7; this means that each neutral nitrogen
atom has 7 protons and 7 electrons. Or viewed another way, every atom in the universe
that contains 7 protons is correctly named “nitrogen.”

The mass number (A) is the total number of neutrons and protons present in the
nucleus of an atom of an element. Except for the most common form of hydrogen,
which has one proton and no neutrons, all atomic nuclei contain both protons and
neutrons. In general, the mass number is given by

mass number = number of protons + number of neutrons

atomic number + number of neutrons

The number of neutrons in an atom is equal to the difference between the mass num-
ber and the atomic number, or (A — Z). For example, if the mass number of a par-
ticular boron atom is 12 and the atomic number is 5 (indicating 5 protons in the
nucleus), then the number of neutrons is 12 — 5 = 7. Note that all three quantities
(atomic number, number of neutrons, and mass number) must be positive integers, or
whole numbers.

In most cases atoms of a given element do not all have the same mass. Aroms
that have the same atomic number but different mass numbers are called isotopes. For
example, there are three isotopes of hydrogen. One, simply known as hydrogen, has
one proton and no neutrons. The deuterium isotope has one proton and one neutron,
and tritium has one proton and two neutrons. The accepted way to denote the atomic
number and mass number of an atom of element X is as follows:

mass number
— )
Z
atomic number —

X
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Thus, for the isotopes of hydrogen, we write

H H H
hydrogen deuterium tritium

As another example, consider two common isotopes of uranium with mass numbers
of 235 and 238, respectively:

235 238
92U 92U

The first isotope is used in nuclear reactors and atomic bombs, whereas the second
isotope lacks the properties necessary for these applications. With the exception of
hydrogen, isotopes of elements are identified by their mass numbers. Thus, these two
isotopes are called uranium-235 (pronounced “uranium two thirty-five”) and
uranium-238 (pronounced “uranium two thirty-eight”).

The chemical properties of an element are determined primarily by the protons
and electrons in its atoms; neutrons do not take part in chemical changes under nor-
mal conditions. Therefore, isotopes of the same element have similar chemistries,
forming the same types of compounds and displaying similar reactivities.

EXAMPLE 2.1

Give the number of protons, neutrons, and electrons in each of the following species:
(2) '%5Au, (b) %Au, (c) "*F, (d) carbon-13.

Strategy Recall that the superscript denotes mass number (A) and the subscript
denotes atomic number (Z). Mass number is always greater than atomic number.

(The only execption is {H, where the mass number is equal to the atomic number.) In
the case where no subscript is shown, as in parts (c) and (d), the atomic number can
be deduced from the element symbol or name. To determine the number of electrons,
remember that because atoms are electrically neutral, the number of electrons is equal
to the number of protons.

Solution

(a) The atomic number of Au (gold) is 79, so there are 79 protons. The mass number
is 195, so the number of neutrons is 195 — 79 = 116. The number of electrons is
the same as the number of protons; that is, 79.

(b) Here the number of protons is the same as in (a), or 79. The mass number is 197, so
the number of neutrons is 197 — 79 = 118. The number of electrons is also the
same as in (a), 79. The species in (a) and (b) are chemically similar isotopes of gold.

(c) The atomic number of F (fluorine) is 9, so there are 9 protons. The mass number is
18, so the number of neutrons is 18 — 9 = 9. The number of electrons is the same
as the number of protons; that is, 9.

(d) Carbon-13 can also be represented as 13C. The atomic number of carbon is 6, so
there are 13 — 6 = 7 neutrons. The number of electrons is 6. Similar problems: 2.13, 2.14.

Practice Exercise How many protons, neutrons, and electrons are in the following S
isotope of copper: “Cu?

ReviEw orF CONCEPTS

(a) What is the atomic number of an element containing 12 neutrons and having
a mass number of 24?

(b) What is the mass number of a silicon atom with 16 neutrons in its nucleus?
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2.4 The Periodic Table

More than half of the elements known today were discovered between 1800 and 1900.
During this period, chemists noted that many elements show very strong similarities
to one another. Recognition of periodic regularities in physical and chemical behavior
and the need to organize the large volume of available information about the structure
and properties of elemental substances led to the development of the periodic table—
a chart in which elements having similar chemical and physical properties are grouped
together. Figure 2.9 shows the modern periodic table, in which the elements are
arranged by atomic number (shown above the element symbol) in horizontal rows
called periods and in vertical columns known as groups or families, according to
similarities in their chemical properties. Note that elements 112, 114, 116, and 118
have recently been synthesized, although they have not yet been named.

The elements can be divided into three categories—metals, nonmetals, and met-
alloids. A metal is a good conductor of heat and electricity, whereas a nonmetal is
usually a poor conductor of heat and electricity. A metalloid has properties that are
intermediate between those of metals and nonmetals. Figure 2.9 shows that the major-
ity of known elements are metals; only seventeen elements are nonmetals, and eight

1 18
1A 8A
L 2 13 14 15 16 17 2
H oA 3A 4A SA 6A  7A | He
3 4 5 6 7 8 9 10
Li | Be B C N (o) F Ne
i 1\1/[2 3 4 5 6 7 8 9 10 11 12 ;;31 ls‘} 1; 156 lc71 ;8
Na €138 4 SB 6B 7B [ 8B— 1B 2B ! r
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
K Ca Sc Ti A% Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr
37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54
Rb | Sr Y Zr | Nb | Mo | Tc | Ru [ Rh | Pd | Ag [ Cd | In | Sn | Sb | Te I Xe
55 56 57 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
Cs Ba La Hf Ta w Re Os Ir Pt Au Hg Tl Pb Bi Po At Rn
87 88 89 104 105 106 107 108 109 110 111 112 113 114 115 116 (117) 118
Fr Ra Ac Rf Db Sg Bh Hs Mt Ds Rg
Metal 58 59 60 61 62 63 64 65 66 67 68 69 70 71
ctals Ce | Pr | Nd | Pm | Sm | Eu | Gd | To | Dy | Ho | Er | Tm | Yb | Lu
Metalloid 90 91 92 93 94 95 96 97 98 99 | 100 | 101 | 102 | 103
ctalloids Th | Pa U Np | Pu |Am | Cm | Bk | Cf | Es | Fm | Md | No | Lr
Nonmetals
Figure 2.9

The modern periodic table. The elements are arranged according to the atomic numbers above their symbols. With the exception of
hydrogen (H), nonmetals appear at the far right of the table. The two rows of metals beneath the main body of the table are conventionally
set apart to keep the table from being too wide. Actually, cerium (Ce) should follow lanthanum (La), and thorium (Th) should come right
after actinium (Ac). The 1-18 group designation has been recommended by the International Union of Pure and Applied Chemistry
(IUPAC), but is not yet in wide use. In this text, we use the standard U.S. notation for group numbers (1A-8A and 1B—8B). No names have
been assigned to elements 112—116, and 118. Element 117 has not yet been synthesized.
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elements are metalloids. From left to right across any period, the physical and chem-
ical properties of the elements change gradually from metallic to nonmetallic. The
periodic table is a handy tool that correlates the properties of the elements in a sys-
tematic way and helps us to make predictions about chemical behavior. We will take
a closer look at this keystone of chemistry in Chapter 8.

Elements are often referred to collectively by their periodic table group number
(Group 1A, Group 2A, and so on). However, for convenience, some element groups
have special names. The Group 1A elements (Li, Na, K, Rb, Cs, and Fr) are called alkali
metals, and the Group 2A elements (Be, Mg, Ca, Sr, Ba, and Ra) are called alkaline
earth metals. Elements in Group 7A (F, Cl, By, I, and At) are known as halogens, and
those in Group 8A (He, Ne, Ar, K1, Xe, and Rn) are called noble gases (or rare gases).
The names of other groups or families will be introduced later.

ReviEw oF CONCEPTS

In viewing the periodic table, do chemical properties change more markedly across
a period or down a group?

2.5 Molecules and Ions

Of all the elements, only the six noble gases in Group 8A of the periodic table (He,
Ne, Ar, Kr, Xe, and Rn) exist in nature as single atoms. For this reason, they are
called monatomic (meaning a single atom) gases. Most matter is composed of mol-
ecules or ions formed by atoms.

Molecules

A molecule is an aggregate of at least two atoms in a definite arrangement held
together by chemical forces (also called chemical bonds). A molecule may contain
atoms of the same element or atoms of two or more elements joined in a fixed ratio,
in accordance with the law of definite proportions stated in Section 2.1. Thus, a mol-
ecule is not necessarily a compound, which, by definition, is made up of two or more
elements. Hydrogen gas, for example, is a pure element, but it consists of molecules
made up of two H atoms each. Water, on the other hand, is a molecular compound
that contains hydrogen and oxygen in a ratio of two H atoms and one O atom. Like
atoms, molecules are electrically neutral.

The hydrogen molecule, symbolized as H,, is called a diatomic molecule because
it contains only two atoms. Other elements that normally exist as diatomic molecules
are nitrogen (N,) and oxygen (O,), as well as the Group 7A elements—fluorine (F,),
chlorine (Cl,), bromine (Br,), and iodine (I,). Of course, a diatomic molecule can
contain atoms of different elements. Examples are hydrogen chloride (HCI) and car-
bon monoxide (CO).

The vast majority of molecules contain more than two atoms. They can be atoms
of the same element, as in ozone (Os), which is made up of three atoms of oxygen,
or they can be combinations of two or more different elements. Molecules containing
more than two atoms are called polyatomic molecules. Like ozone, water (H,O) and
ammonia (NHj3) are polyatomic molecules.

Tons

An ion is an atom or a group of atoms that has a net positive or negative charge. The
number of positively charged protons in the nucleus of an atom remains the same during
ordinary chemical changes (called chemical reactions), but negatively charged electrons

We will discuss the nature of chemical
bonds in Chapters 9 and 10.
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Elements that exist as diatomic
molecules.
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In Chapter 8, we will see why atoms of
different elements gain (or lose) a specific
number of electrons.

CHAPTER 2 Atoms, Molecules, and Ions

may be lost or gained. The loss of one or more electrons from a neutral atom results
in a cation, an ion with a net positive charge. For example, a sodium atom (Na) can
readily lose an electron to become a sodium cation, which is represented by Na*:

Na* Ion

11 protons
10 electrons

Na Atom

11 protons
11 electrons

On the other hand, an anion is an ion whose net charge is negative due to an increase
in the number of electrons. A chlorine atom (Cl), for instance, can gain an electron
to become the chloride ion CI :

Cl™ Ion

17 protons
18 electrons

Cl Atom

17 protons
17 electrons

Sodium chloride (NaCl), ordinary table salt, is called an ionic compound because it
is formed from cations and anions.

An atom can lose or gain more than one electron. Examples of ions formed by
the loss or gain of more than one electron are MgH, Fe’", S*7, and N*". These ions,
as well as Na* and C17, are called monatomic ions because they contain only one
atom. Figure 2.10 shows the charges of a number of monatomic ions. With very few
exceptions, metals tend to form cations and nonmetals form anions.

In addition, two or more atoms can combine to form an ion that has a net posi-
tive or net negative charge. Polyatomic ions such as OH (hydroxide ion), CN™
(cyanide ion), and NH; (ammonium ion) are ions containing more than one atom.

ReviEw oF CONCEPTS

Determine the number of protons and electrons for the following ions: (a) Se’” and
(b) Cr*™.

1 18
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Figure 2.10

Common monatomic ions arranged according to their positions in the periodic table. Note that the Hg3" ion contains two atoms.



2.6 Chemical Formulas 41

2.6 Chemical Formulas

Chemists use chemical formulas to express the composition of molecules and ionic
compounds in terms of chemical symbols. By composition we mean not only the ele-
ments present but also the ratios in which the atoms are combined. Here we are mainly
concerned with two types of formulas: molecular formulas and empirical formulas.

Molecular Formulas

A molecular formula shows the exact number of atoms of each element in the small-
est unit of a substance. In our discussion of molecules, each example was given with
its molecular formula in parentheses. Thus, H, is the molecular formula for hydrogen,
O, is oxygen, O; is ozone, and H,O is water. The subscript numeral indicates the
number of atoms of an element present. There is no subscript for O in H,O because
there is only one atom of oxygen in a molecule of water, and so the number “one”
is omitted from the formula. Note that oxygen (O,) and ozone (O;) are allotropes of
oxygen. An allotrope is one of two or more distinct forms of an element. Two allo-
tropic forms of the element carbon—diamond and graphite—are dramatically different
not only in properties but also in their relative cost.

Molecular Models

Molecules are too small for us to observe directly. An effective means of visualizing

them is by the use of molecular models. Two standard types of molecular models are

currently in use: ball-and-stick models and space-filling models (Figure 2.11). In ball-

and-stick model kits, the atoms are wooden or plastic balls with holes in them. Sticks  see back end paper for color codes for
or springs are used to represent chemical bonds. The angles they form between atoms ~ 3oms-

approximate the bond angles in actual molecules. With the exception of the H atom,

the balls are all the same size and each type of atom is represented by a specific color.

Hydrogen Water Ammonia Methane
Molecular
ol H, H,0 NH, CH,
Structural
formula

Ball-and-stick
model

Space-filling
model

Figure 2.11

Molecular and structural formulas and molecular models of four common molecules.



42 CHAPTER 2 Atoms, Molecules, and Ions

¢
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H,0,

The word “empirical” means “derived

from experiment.” As we will see in
Chapter 3, empirical formulas are deter-

mined experimentally.

¢ ¢
“°8 ¢

¢

Methanol

Similar problems: 2.43, 2.44.

<

In space-filling models, atoms are represented by truncated balls held together by snap
fasteners, so that the bonds are not visible. The balls are proportional in size to atoms.
The first step toward building a molecular model is writing the structural formula,
which shows how atoms are bonded to one another in a molecule. For example, it is
known that each of the two H atoms is bonded to an O atom in the water molecule.
Therefore, the structural formula of water is H—O—H. A line connecting the two
atomic symbols represents a chemical bond.

Ball-and-stick models show the three-dimensional arrangement of atoms clearly,
and they are fairly easy to construct. However, the balls are not proportional to the
size of atoms. Furthermore, the sticks greatly exaggerate the space between atoms in
a molecule. Space-filling models are more accurate because they show the variation
in atomic size. Their drawbacks are that they are time-consuming to put together and
they do not show the three-dimensional positions of atoms very well. We will use
both models extensively in this text.

Empirical Formulas

The molecular formula of hydrogen peroxide, a substance used as an antiseptic and as a
bleaching agent for textiles and hair, is H,O,. This formula indicates that each hydrogen
peroxide molecule consists of two hydrogen atoms and two oxygen atoms. The ratio of
hydrogen to oxygen atoms in this molecule is 2:2 or 1:1. The empirical formula of
hydrogen peroxide is HO. Thus, the empirical formula tells us which elements are pres-
ent and the simplest whole-number ratio of their atoms, but not necessarily the actual
number of atoms in a given molecule. As another example, consider the compound
hydrazine (N,H,), which is used as a rocket fuel. The empirical formula of hydrazine is
NH,. Although the ratio of nitrogen to hydrogen is 1:2 in both the molecular formula
(N,H,) and the empirical formula (NH,), only the molecular formula tells us the actual
number of N atoms (two) and H atoms (four) present in a hydrazine molecule.

Empirical formulas are the simplest chemical formulas; they are written by reduc-
ing the subscripts in the molecular formulas to the smallest possible whole numbers.
Molecular formulas are the frue formulas of molecules. If we know the molecular
formula, we also know the empirical formula, but the reverse is not true. Why, then,
do chemists bother with empirical formulas? As we will see in Chapter 3, when chem-
ists analyze an unknown compound, the first step is usually the determination of the
compound’s empirical formula. With additional information, it is possible to deduce
the molecular formula.

For many molecules, the molecular formula and empirical formula are one and
the same. Some examples are water (H,O), ammonia (NH;), carbon dioxide (CO,),
and methane (CHy).

EXAMPLE 2.2

Write the molecular formula of methanol, an organic solvent and antifreeze, from its
ball-and-stick model, shown in the margin.

Solution Refer to the labels (also see back end paper). There are four H atoms, one C
atom, and one O atom. Therefore, the molecular formula is CH,O. However, the standard
way of writing the molecular formula for methanol is CH;OH because it shows how the
atoms are joined in the molecule.

Practice Exercise Write the molecular formula of chloroform, which is used as a
solvent and a cleansing agent. The ball-and-stick model of chloroform is shown in the
margin on p. 43.
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EXAMPLE 2.3

Write the empirical formulas for the following molecules: (a) acetylene (C,H,), which is
used in welding torches; (b) glucose (CsH;,O¢), a substance known as blood sugar; and
(c) nitrous oxide (N,0), a gas that is used as an anesthetic gas (“laughing gas™) and as
an aerosol propellant for whipped creams.

Strategy Recall that to write the empirical formula, the subscripts in the molecular
formula must be converted to the smallest possible whole numbers.

Solution

(a) There are two carbon atoms and two hydrogen atoms in acetylene. Dividing the
subscripts by 2, we obtain the empirical formula CH.

(b) In glucose there are 6 carbon atoms, 12 hydrogen atoms, and 6 oxygen atoms.
Dividing the subscripts by 6, we obtain the empirical formula CH,0. Note that if
we had divided the subscripts by 3, we would have obtained the formula C,H,0,.
Although the ratio of carbon to hydrogen to oxygen atoms in C,H,0, is the same
as that in C¢H,O¢ (1:2:1), C,H4O, is not the simplest formula because its
subscripts are not in the smallest whole-number ratio.

(c) Because the subscripts in N,O are already the smallest possible whole numbers, the
empirical formula for nitrous oxide is the same as its molecular formula.

Practice Exercise Write the empirical formula for caffeine (CgH;,N,O,), a stimulant
found in tea and coffee.

Formula of Ionic Compounds

The formulas of ionic compounds are usually the same as their empirical formulas
because ionic compounds do not consist of discrete molecular units. For example, a
solid sample of sodium chloride (NaCl) consists of equal numbers of Na* and CI~
ions arranged in a three-dimensional network (Figure 2.12). In such a compound, there
is a 1:1 ratio of cations to anions so that the compound is electrically neutral. As you
can see in Figure 2.12, no Na* ion in NaCl is associated with just one particular C1~
ion. In fact, each Na™ ion is equally held by six surrounding C1~ ions and vice versa.
Thus, NaCl is the empirical formula for sodium chloride. In other ionic compounds,
the actual structure may be different, but the arrangement of cations and anions is

(a) (b)

Figure 2.12

3
o
C

Chloroform

Similar problems: 2.41, 2.42.

9

Sodium metal reacting with
chlorine gas to form sodium
chloride.

©

(a) Structure of solid NaCl. (b) In reality, the cations are in contact with the anions. In both (a) and (b), the smaller spheres represent

Na™ ions and the larger spheres, Cl~ ions. (c) Crystals of NaCl.
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Refer to Figure 2.10 for charges of cations
and anions.

such that the compounds are all electrically neutral. Note that the charges on the
cation and anion are not shown in the formula for an ionic compound.

In order for ionic compounds to be electrically neutral, the sum of the charges
on the cation and anion in each formula unit must be zero. If the charges on the cation
and anion are numerically different, we apply the following rule to make the formula
electrically neutral: The subscript of the cation is numerically equal to the charge on
the anion, and the subscript of the anion is numerically equal to the charge on the
cation. If the charges are numerically equal, then no subscripts are necessary. This
rule follows from the fact that because the formulas of most ionic compounds are
empirical formulas, the subscripts must always be reduced to the smallest ratios. Let
us consider some examples.

¢ Potassium Bromide. The potassium cation K* and the bromine anion Br~ com-
bine to form the ionic compound potassium bromide. The sum of the charges is
+1 + (—1) = 0, so no subscripts are necessary. The formula is KBr.

e Zinc Todide. The zinc cation Zn*" and the iodine anion I~ combine to form zinc
iodide. The sum of the charges of one Zn>" jon and one I™ ion is +2 + (—1)
= +1. To make the charges add up to zero we multiply the —1 charge of the
anion by 2 and add the subscript “2” to the symbol for iodine. Therefore, the
formula for zinc iodide is Znl,.

* Aluminum Oxide. The cation is AI’* and the oxygen anion is O*". The follow-
ing diagram helps us determine the subscripts for the compound formed by the
cation and the anion:

A" o)

Al, O,

The sum of the charges is 2(+3) + 3(—2) = 0. Thus, the formula for aluminum
oxide is Al,Os.

ReviEw oF CONCEPTS

Match each of the diagrams shown here with the following ionic compounds:
Al,O3, LiH, Na,S, Mg(NOs),. (Green spheres represent cations and red spheres
represent anions.)

{880-.-'.

(© (d)

2.7 Naming Compounds

In addition to using formulas to show the composition of molecules and compounds,
chemists have developed a system for naming substances on the basis of their com-
position. First, we divide them into three categories: ionic compounds, molecular
compounds, and acids and bases. Then we apply certain rules to derive the scientific
name for a given substance.
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Table 2.2 The “-ide” Nomenclature of Some Common Monatomic

Anions According to Their Positions in the Periodic Table

Group 4A Group 5A Group 6A Group 7A
C Carbide (C*7)* N Nitride (N°7) O Oxide (0*) F Fluoride (F)
Si Silicide (Si*") P Phosphide (P*7) S Sulfide (S*7) Cl Chloride (C17)

Se Selenide (Se*7) Br Bromide (Br )
Te Telluride (Te*") I Todide (I)

*The word “carbide” is also used for the anion C3~.

Ionic Compounds

In Section 2.5 we learned that ionic compounds are made up of cations (positive ions)
and anions (negative ions). With the important exception of the ammonium ion, NH?,
all cations of interest to us are derived from metal atoms. Metal cations take their
names from the elements. For example,

Element Name of Cation
Na sodium Na™ sodium ion (or sodium cation)
K potassium K* potassium ion (or potassium cation)
Mg magnesium Mg>*  magnesium ion (or magnesium cation)
Al aluminum AP aluminum ion (or aluminum cation)

Many ionic compounds are birary compounds, or compounds formed from just
two elements. For binary ionic compounds the first element named is the metal cation,
followed by the nonmetallic anion. Thus, NaCl is sodium chloride. The anion is named
by taking the first part of the element name (chlorine) and adding “-ide.” Potassium
bromide (KBr), zinc iodide (Znl,), and aluminum oxide (Al,O;) are also binary com-
pounds. Table 2.2 shows the “-ide” nomenclature of some common monatomic anions
according to their positions in the periodic table.

The “-ide” ending is also used for certain anion groups containing different ele-
ments, such as hydroxide (OH ) and cyanide (CN ). Thus, the compounds LiOH and
KCN are named lithium hydroxide and potassium cyanide. These and a number of
other such ionic substances are called ternary compounds, meaning compounds con-
sisting of three elements. Table 2.3 lists alphabetically the names of a number of
common cations and anions.

Certain metals, especially the transition metals, can form more than one type of
cation. Take iron as an example. Iron can form two cations: Fe’* and Fe’". The
accepted procedure for designating different cations of the same element is to use
Roman numerals. The Roman numeral I is used for one positive charge, II for two
positive charges, and so on. This is called the Stock system. In this system, the Fe*"
and Fe’" ions are called iron(I) and iron(II), and the compounds FeCl, (containing
the Fe’* ion) and FeCl, (containing the Fe’" ion) are called iron-two chloride and
iron-three chloride, respectively. As another example, manganese (Mn) atoms can
assume several different positive charges:

Mn**: MnO manganese(Il) oxide
Mn®*": Mn,Os manganese(IIl) oxide
Mn*": MnO, manganese(IV) oxide

ELINT3

These compound names are pronounced “manganese-two oxide,” “manganese-three

oxide,” and “manganese-four oxide.”
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The most reactive metals (green)
and the most reactive nonmetals
(blue) combine to form ionic

compounds.
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The transition metals are the
elements in Groups 1B and
3B-8B (see Figure 2.9).

FeCl, (left) and FeCl; (right).
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Table 2.3 Names and Formulas of Some Common Inorganic

Cations and Anions

Cation

Anion

aluminum (A*")

ammonium (NHY)
barium (Ba*")
cadmium (Cd*")

calcium (Ca®")

cesium (Cs™)

chromium(IIl) or chromic (Cr’™")
cobalt(Il) or cobaltous (Co*")
copper(I) or cuprous (Cu™)
copper(Il) or cupric (Cu®")
hydrogen (H")
iron(I) or ferrous (Fe>™)

iron(I1I) or ferric (Fe>™)

lead(Il) or plumbous (Pb>*")
lithium (Li")
magnesium (Mg>")

manganese(Il) or manganous (Mn*")

mercury(l) or mercurous (Hg%*)*
mercury(Il) or mercuric (Hg“)
potassium (K*)

rubidium (Rb")

silver (Ag™)

sodium (Na*)

strontium (Sr*™)
tin(I) or stannous (Sn>")

zinc (Zn*")

*Mercury(I) exists as a pair as shown.

EXAMPLE 2.4

bromide (Br )

carbonate (CO%f)

chlorate (CIOy3)

chloride (Cl1)

chromate (CrO3")

cyanide (CN")

dichromate (Cr,037)
dihydrogen phosphate (H,POy)
fluoride (F )

hydride (H")

hydrogen carbonate or bicarbonate (HCOj3)
hydrogen phosphate (HPO? ")
hydrogen sulfate or bisulfate (HSOy)
hydroxide (OH )

iodide (1)

nitrate (NO3)

nitride (N*7)

nitrite (NO, )

oxide (O*7)

permanganate (MnQOy )
peroxide (03)

phosphate (PO; ")

sulfate (SO;")

sulfide (S*7)

sulfite (SO37)

thiocyanate (SCN )

Name the following compounds: (a) Fe(NOs3),, (b) Na,HPO,, and (c) (NH,4),SO;.

Strategy Our reference for the names of cations and anions is Table 2.3. Keep in mind
that if a metal can form cations of different charges (see Figure 2.10), we need to use

the Stock system.

Solution

(a) The nitrate ion (NO3) bears one negative charge, so the iron ion must have two
g g
positive charges. Because iron forms both Fe*" and Fe'" ions, we need to use the
Stock system and call the compound iron(Il) nitrate.

(Continued)
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(b) The cation is Na® and the anion is HPO3  (hydrogen phosphate). Because sodium
only forms one type of ion (Na"*), there is no need to use sodium(I) in the name.
The compound is sodium hydrogen phosphate.

(c) The cation is NH; (ammonium ion) and the anion is SO§_ (sulfite ion). The
compound is ammonium sulfite.

Practice Exercises Name the following compounds: (a) PbO and (b) LiClOs.

EXAMPLE 2.5

Write chemical formulas for the following compounds: (a) mercury(I) nitrate, (b) cesium
oxide, and (c) strontium nitride.

Strategy We refer to Table 2.3 for the formulas of cations and anions. Recall that the
Roman numerals in the Stock system provide useful information about the charges of
the cation.

Solution

(a) The Roman numeral shows that the mercury ion bears a +1 charge. According to
Table 2.3, however, the mercury(I) ion is diatomic (that is, Hg%+) and the nitrate
ion is NOj. Therefore, the formula is Hgy(NO3),.

(b) Each oxide ion bears two negative charges, and each cesium ion bears one positive
charge (cesium is in Group 1A, as is sodium). Therefore, the formula is Cs,O.

(c) Each strontium ion (Sr**) bears two positive charges, and each nitride ion )
bears three negative charges. To make the sum of the charges equal zero, we must
adjust the numbers of cations and anions:

3(+2) +2(=3) =0
Thus, the formula is Sr3N,.

Practice Exercises Write formulas for the following ionic compounds: (a) rubidium
sulfate and (b) barium hydride.

Molecular Compounds

Unlike ionic compounds, molecular compounds contain discrete molecular units. They
are usually composed of nonmetallic elements (see Figure 2.9). Many molecular com-
pounds are binary compounds. Naming binary molecular compounds is similar to
naming binary ionic compounds. We place the name of the first element in the formula
first, and the second element is named by adding “-ide” to the root of the element
name. Some examples are

HCl Hydrogen chloride SiC  Silicon carbide
HBr Hydrogen bromide

It is quite common for one pair of elements to form several different compounds.
In these cases, confusion in naming the compounds is avoided by the use of Greek
prefixes to denote the number of atoms of each element present (Table 2.4). Consider
these examples:

CO Carbon monoxide SO;  Sulfur trioxide
CO, Carbon dioxide NO, Nitrogen dioxide
SO, Sulfur dioxide N,0, Dinitrogen tetroxide

Similar problems: 2.47(a), (b), (e).

<

Note that the subscripts of this ionic com-
pound are not reduced to the smallest
ratio because the Hg(l) ion exists as a pair
or dimer.

Similar problems: 2.49(a), (b), (h).

9

Table 2.4

Greek Prefixes Used in

Naming Molecular

Compounds

Prefix Meaning
mono- 1
di- 2
tri- 3
tetra- 4
penta- 5
hexa- 6
hepta- 7
octa- 8
nona- 9
deca- 10
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Similar problems: 2.47(c), (h), (j).

Similar problems: 2.49(f), (g).

<

These guidelines are helpful when you are naming compounds with prefixes:

® The prefix “mono-" may be omitted for the first element. For example, PCl; is
named phosphorus trichloride, not monophosphorus trichloride. Thus, the absence
of a prefix for the first element usually means that only one atom of that element
is present in the molecule.

¢ For oxides, the ending “a” in the prefix is sometimes omitted. For example, N,O,
may be called dinitrogen tetroxide rather than dinitrogen tetraoxide.

Exceptions to the use of Greek prefixes are molecular compounds containing
hydrogen. Traditionally, many of these compounds are called either by their common,
nonsystematic names or by names that do not specifically indicate the number of H
atoms present:

B,H¢; Diborane PH; Phosphine
CH; Methane H,O Water
SiH, Silane H,S Hydrogen sulfide

NH; Ammonia

Note that even the order of writing the elements in the formulas is irregular. These
examples show that H is written first in water and hydrogen sulfide, whereas H is
written last in the other compounds.

Writing formulas for molecular compounds is usually straightforward. Thus, the
name arsenic trifluoride means that there are one As atom and three F atoms in each
molecule and the molecular formula is AsF;. Note that the order of elements in the
formula is the same as that in its name.

Figure 2.13 summarizes the steps for naming ionic and molecular compounds.

EXAMPLE 2.6

Name the following molecular compounds: (a) PBrs and (b) As,Os.
Strategy We refer to Table 2.4 for the prefixes used in naming molecular compounds.

Solution

(a) Because there are five bromine atoms present, the compound is phosphorus
pentabromide.

(b) There are two arsenic atoms and five oxygen atoms present, so the compound is
diarsenic pentoxide. Note that the “a” is omitted in “penta.”

Practice Exercises Name the following molecular compounds: (a) NF; and (b) Cl,0,.

EXAMPLE 2.7

Write chemical formulas for the following molecular compounds: (a) bromine trifluoride
and (b) diboron trioxide.

Strategy We refer to Table 2.4 for the prefixes used in naming molecular compounds.

Solution

(a) Because there are three fluorine atoms and one bromine atom present, the formula
is BrFs.

(b) There are two boron atoms and three oxygen atoms present, so the formula is B,0;.

Practice Exercises Write chemical formulas for the following molecular compounds:
(a) sulfur tetrafluoride and (b) dinitrogen pentoxide.
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Figure 2.13

Steps for naming ionic and molecular compounds.

Acids and Bases
Naming Acids
An acid can be described as a substance that yields hydrogen ions (H') when dis-
solved in water. (H" is equivalent to one proton, and is often referred to that way.)
Formulas for acids contain one or more hydrogen atoms as well as an anionic
group. Anions whose names end in “-ide” have associated acids with a “hydro-”
prefix and an “-ic” ending, as shown in Table 2.5. In some cases two different
names are assigned to the same chemical formula. For instance, HCI is known as
both hydrogen chloride and hydrochloric acid. The name used for this compound
depends on its physical state. In the gaseous or pure liquid state, HCI is a molec-
ular compound called hydrogen chloride. When it is dissolved in water, the mol-
ecules break up into H™ and CI™ ions; in this condition, the substance is called
hydrochloric acid.

Oxoacids are acids that contain hydrogen, oxygen, and another element (the cen-
tral element). The formulas of oxoacids are usually written with the H first, followed

HClI

-@

CIF

When dissolved in water, the
HCI molecule is converted to the
H* and CI” ions. The H' jon is
associated with one or more
water molecules, and is usually
represented as H;0™.
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Note that these acids all exist as molecu-
lar compounds in the gas phase.

|

¢®o

HNO;,

(u
Oo

H;PO,

Table 2.5 | Some Simple Acids

Anion Corresponding Acid
F~ (fluoride) HF (hydrofluoric acid)
Cl~ (chloride) HCI (hydrochloric acid)
Br~ (bromide) HBr (hydrobromic acid)
I (iodide) HI (hydroiodic acid)
CN™ (cyanide) HCN (hydrocyanic acid)
S*~ (sulfide) H,S (hydrosulfuric acid)

by the central element and then O. We use the following five common acids as our
references in naming oxoacids:

H,CO;3 carbonic acid H;PO, phosphoric acid
HCIO; chloric acid H,SO, sulfuric acid
HNO;  nitric acid

Often two or more oxoacids have the same central atom but a different number of O
atoms. Starting with our reference oxoacids, whose names all end with “-ic,” we use
the following rules to name these compounds.

1. Addition of one O atom to the “-ic” acid: The acid is called “per . . . -ic” acid. Thus,
adding an O atom to HClO; changes chloric acid to perchloric acid, HCIO,.

2. Removal of one O atom from the “-ic” acid: The acid is called “-ous” acid. Thus,
nitric acid, HNO;, becomes nitrous acid, HNO,.

3. Removal of two O atoms from the “-ic” acid: The acid is called “hypo . . . -ous” acid.
Thus, when HBrOj; is converted to HBrO, the acid is called hypobromous acid.

The rules for naming anions of oxoacids, called oxoanions, are

1. When all the H ions are removed from the “-ic” acid, the anion’s name ends with
“_ate.” For example, the anion CO3 derived from H,COj is called carbonate.

2. When all the H ions are removed from the “-ous” acid, the anion’s name ends
with “-ite.” Thus, the anion ClO; derived from HCIO, is called chlorite.

3. The names of anions in which one or more but not all of the hydrogen ions have
been removed must indicate the number of H ions present. For example, consider
the anions derived from phosphoric acid:

H;PO, Phosphoric acid HPO;~ Hydrogen phosphate
H,PO; Dihydrogen phosphate PO}~ Phosphate

s

Note that we usually omit the prefix “mono-" when there is only one H in the
anion. Table 2.6 gives the names of the oxoacids and oxoanions that contain

Table 2.6 Names of Oxoacids and Oxoanions That Contain Chlorine

Acid Anion

HCIO, (perchloric acid) ClOy (perchlorate)
HCIO; (chloric acid) ClO3; (chlorate)
HCIO, (chlorous acid) ClO, (chlorite)

HCIO (hypochlorous acid) CIO™ (hypochlorite)
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Removal of i
Oxoacid Oxoanion Flgure 2.14 .
all H" ions Naming oxoacids and
oxoanions.

per——ic acid per——ate
] +[O]
Reference “—ic” acid —ate
-[0]
“—ous” acid —ite
-[0]
hypo——ous acid hypo——ite

chlorine, and Figure 2.14 summarizes the nomenclature for the oxoacids and
oxoanions.

EXAMPLE 2.8

Name the following oxoacid and oxoanion: (a) H;PO; and (b) 10,.

Strategy We refer to Figure 2.14 and Table 2.6 for the conventions used in naming
oxoacids and oxoanions.

Solution

(a) We start with our reference acid, phosphoric acid (H;PO,4). Because H;PO; has one
fewer O atom, it is called phosphorous acid.
(b) The parent acid is HIO,. Because the acid has one more O atom than our reference

iodic acid (HIO»), it is called periodic acid. Therefore, the anion derived from HIO,

is called periodate. Similar problems: 2.48(f), 2.49(c).

Practice Exercises Name the following oxoacid and oxoanion: (a) HBrO and (b) HSO}. o

Naming Bases

A base can be described as a substance that yields hydroxide ions (OH ) when dis-
solved in water. Some examples are

NaOH Sodium hydroxide Ba(OH), Barium hydroxide
KOH  Potassium hydroxide

Ammonia (NH3), a molecular compound in the gaseous or pure liquid state, is
also classified as a common base. At first glance this may seem to be an exception
to the definition of a base. But note that as long as a substance yields hydroxide ions
when dissolved in water, it need not contain hydroxide ions in its structure to be
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CuSO, + 5H,0 (left) is blue;
CuSO, (right) is white.

CH;NH,

CH,COOH

considered a base. In fact, when ammonia dissolves in water, NH; reacts partially
with water to yield NH} and OH™ ions. Thus, it is properly classified as a base.

Hydrates

Hydrates are compounds that have a specific number of water molecules attached to
them. For example, in its normal state, each unit of copper(Il) sulfate has five water
molecules associated with it. The systematic name for this compound is copper(Il)
sulfate pentahydrate, and its formula is written as CuSO, - SH,O. The water molecules
can be driven off by heating. When this occurs, the resulting compound is CuSO,, which
is sometimes called anhydrous copper(Il) sulfate; “anhydrous” means that the compound
no longer has water molecules associated with it (see the photo in the margin). Some
other hydrates are

BaCl, - 2H,0 barium chloride dihydrate
LiCl - H,O lithium chloride monohydrate
MgSO, - 7TH,O magnesium sulfate heptahydrate

ReviEw OF CONCEPTS

(a) What is the correct name for the compound Mg;N,? (b) What is the formula
of iodine chloride?

2.8 Introduction to Organic Compounds

The simplest type of organic compounds is the hydrocarbons, which contain only
carbon and hydrogen atoms. The hydrocarbons are used as fuels for domestic and
industrial heating, for generating electricity and powering internal combustion engines,
and as starting materials for the chemical industry. One class of hydrocarbons is called
the alkanes. Table 2.7 shows the names, formulas, and molecular models of the first
ten straight-chain alkanes, in which the carbon chains have no branches. Note that all
the names end with -ane. Starting with CsH;,, we use the Greek prefixes in Table 2.4
to indicate the number of carbon atoms present.

The chemistry of organic compounds is largely determined by the functional
groups, which consist of one or a few atoms bonded in a specific way. For exam-
ple, when an H atom in methane is replaced by a hydroxyl group (—OH), an amino
group (—NH,), and a carboxyl group (—COOH), the following molecules are
generated:

H H H O
H—(‘:—OH H—(‘:—NH2 H—(‘:—i‘:—OH
h h h
Methanol Methylamine Acetic acid

The chemical properties of these molecules can be predicted based on the reactivity
of the functional groups. We will frequently use organic compounds as examples to
illustrate chemical bonding, acid-base reactions, and other properties throughout the
book.
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Table 2.7 The First Ten Straight-Chain Alkanes

Name Formula Molecular Model

‘g
Methane CH, o™

@
Ethane C,Hq 5 2 &
e ¢

Propane C;Hg c / Q

¢
Butane C,Hy 9“ *“'

Pentane CsHy, Q“ ‘ "'
@ (7]

Hexane CeH 4 t 8 % ®

@
Heptane C;H,¢ 9.‘ z A z
Octane CgH 5 8 t

Nonane C9H20 9

Decane CioHxp 0; e z A a a g a

1. Modern chemistry began with Dalton’s atomic theory,
which states that all matter is composed of tiny, indi-
visible particles called atoms; that all atoms of the
same element are identical; that compounds contain 2.
atoms of different elements combined in whole-number

ratios; and that atoms are neither created nor destroyed
in chemical reactions (the law of conservation of
mass).

Atoms of constituent elements in a particular compound
are always combined in the same proportions by mass
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(law of definite proportions). When two elements can
combine to form more than one type of compound, the
masses of one element that combine with a fixed mass of
the other element are in a ratio of small whole numbers
(law of multiple proportions).

An atom consists of a very dense central nucleus made
up of protons and neutrons, plus electrons that move
about the nucleus at a relatively large distance from it.
Protons are positively charged, neutrons have no charge,
and electrons are negatively charged. Protons and neu-
trons have roughly the same mass, which is about 1840
times greater than the mass of an electron.

. The atomic number of an element is the number of pro-

tons in the nucleus of an atom of the element; it deter-
mines the identity of an element. The mass number is the
sum of the number of protons and the number of neu-
trons in the nucleus. Isotopes are atoms of the same ele-
ment that have the same number of protons but different
numbers of neutrons.

. Chemical formulas combine the symbols for the con-

stituent elements with whole-number subscripts to show
the type and number of atoms contained in the smallest
unit of a compound. The molecular formula conveys the
specific number and types of atoms combined in each
molecule of a compound. The empirical formula shows
the simplest ratios of the atoms in a molecule.

Chemical compounds are either molecular compounds
(in which the smallest units are discrete, individual
molecules) or ionic compounds (in which positive and
negative ions are held together by mutual attraction).
Tonic compounds are made up of cations and anions,
formed when atoms lose electrons and gain electrons,
respectively.

The names of many inorganic compounds can be de-
duced from a set of simple rules. The formulas can be
written from the names of the compounds.

The simplest type of organic compounds is the
hydrocarbons.
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Structure of the Atom
Review Questions

2.1

22

Define these terms: (a) « particle, (b) B particle, (c) y
ray, (d) X ray.

List the types of radiation that are known to be emit-
ted by radioactive elements.

2.3

2.4

Questions and Problems -5/

o

— o

Compare the properties of: « particles, cathode rays,
protons, neutrons, and electrons. What is meant by
the term “fundamental particle”?

Describe the contributions of these scientists to our
knowledge of atomic structure: J. J. Thomson, R. A.
Millikan, Ernest Rutherford, James Chadwick.



2.5

2.6

A sample of a radioactive element is found to be los-
ing mass gradually. Explain what is happening to the
sample.

Describe the experimental basis for believing that the
nucleus occupies a very small fraction of the volume
of the atom.

Problems

2.7

2.8

The diameter of a neutral helium atom is about 1 X
10% pm. Suppose that we could line up helium atoms
side by side in contact with one another. Approxi-
mately how many atoms would it take to make the
distance from end to end 1 cm?

Roughly speaking, the radius of an atom is about
10,000 times greater than that of its nucleus. If an
atom were magnified so that the radius of its nucleus
became 10 cm, what would be the radius of the atom
in miles? (1 mi = 1609 m.)

Atomic Number, Mass Number, and Isotopes
Review Questions

2.9 Define these terms: (a) atomic number, (b) mass
number. Why does a knowledge of atomic number
enable us to deduce the number of electrons present
in an atom?

2.10  Why do all atoms of an element have the same atomic
number, although they may have different mass num-
bers? What do we call atoms of the same element
with different mass numbers? Explain the meaning of
each term in the symbol 4X.

Problems

@&f2.11  What is the mass number of an iron atom that has 28
neutrons?
@f2.12 Calculate the number of neutrons of **’Pu.
f2.13  For each of these species, determine the number of
protons and the number of neutrons in the nucleus:
SHe, 3He, Mg, 13Mg, 53Ti, 33Br, '33Pt
&f2.14 Indicate the number of protons, neutrons, and elec-
trons in each of these species:
N, 1, 5Cu, Y5, 'Ba, Hw, Hirig
Gf2.15  Write the appropriate symbol for each of these isotopes:
(@Z=11,A=23;(b)Z=28,A=64.
f2.16  Write the appropriate symbol for each of these isotopes:
(@) Z="174,A = 186; (b) Z = 80,A = 201.
The Periodic Table

Review Questions

2.17

What is the periodic table, and what is its significance

2.18
2.19

2.20

Questions and Problems 55

Give two differences between a metal and a nonmetal.

Write the names and symbols for four elements in
each of these categories: (a) nonmetal, (b) metal,
(c) metalloid.

Without consulting a periodic table, name each of the
lettered groups in the following table. Provide two
examples from each group.

Problems

221

2.22

2.23

2.24

Elements whose names end with “-ium” are usually
metals; sodium is one example. Identify a nonmetal
whose name also ends with “-ium.”

Describe the changes in properties (from metals to
nonmetals or from nonmetals to metals) as we move
(a) down a periodic group and (b) across the periodic
table.

Consult a handbook of chemical and physical data
(ask your instructor where you can locate a copy of
the handbook) to find (a) two metals less dense than
water, (b) two metals more dense than mercury,
(c) the densest known solid metallic element, (d) the
densest known solid nonmetallic element.

Group these elements in pairs that you would expect
to show similar chemical properties: K, F, P, Na, Cl,
and N.

Molecules and Ions

Review Questions

2.25 What is the difference between an atom and a mo-
lecule?

2.26  What are allotropes? Give an example. How are
allotropes different from isotopes?

2.27 Describe the two commonly used molecular
models.

2.28  Give an example of each of the following: (a) a mo-
natomic cation, (b) a monatomic anion, (c) a polyatomic
cation, (d) a polyatomic anion.

Problems

in the study of chemistry? What are groups and peri- Gf2.29

ods in the periodic table?

Which of the following diagrams represent diatomic
molecules, polyatomic molecules, molecules that are
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&f2.30

Which of the following diagrams represent diatomic
molecules, polyatomic molecules, molecules that are

not compounds, molecules that are compounds, or an G 2.42
elemental form of the substance?

<
‘0

G243

&f2.31

2.32

Gf2.33

Gf2.34

@

(b) ©

Identify the following as elements or compounds:
NH;, N,, Sg, NO, CO, CO,, H,, SO,.

Give two examples of each of the following: (a) a
diatomic molecule containing atoms of the same Gf2.44
element, (b) a diatomic molecule containing atoms

of different elements, (c) a polyatomic molecule
containing atoms of the same element, (d) a
polyatomic molecule containing atoms of different
elements.

Give the number of protons and electrons in each of
the following common ions: Na®, ca*", AP, Fe“,
I,F,S",0°,N"".

Give the number of protons and electrons in each of
the following common ions: K", Mg2+, Fe’’, Br,
Mn?*, C*, Cu®t.

Gf2.45

Chemical Formulas

Review Questions

2.35

What does a chemical formula represent? What is the Gf2.46
ratio of the atoms in the following molecular formu-
las? (a) NO, (b) NCIS, (C) N204, (d) P406

not compounds, molecules that are compounds, or an 2.36  Define molecular formula and empirical formula.
elemental form of the substance? What are the similarities and differences between the
empirical formula and molecular formula of a
compound?
; 2.37  Give an example of a case in which two molecules
a q have different molecular formulas but the same
empirical formula.
‘ 9 2.38  What does P, signify? How does it differ from 4P?
2.39  What is an ionic compound? How is electrical neu-
trality maintained in an ionic compound?
‘ b 6 ' ' 2.40  Explain why the chemical formulas of ionic compounds
are usually the same as their empirical formulas.
(a) (b) (0) Problems
G241 What are the empirical formulas of the following

compounds? (a) C,N,, (b) C¢Hg, (c) CoHy, (d) P4Oyy,
(e) BoHs

What are the empirical formulas of the following
compounds? (a) Al,Brg, (b) Na,S,04 (c) N,Os,
(d) KoCr,04

Write the molecular formula of glycine, an amino acid
present in proteins. The color codes are: black (carbon),
blue (nitrogen), red (oxygen), and gray (hydrogen).

& @

¢ ©9F
&o.

Write the molecular formula of ethanol. The color
codes are: black (carbon), red (oxygen), and gray

(hydrogen).
¢

Which of the following compounds are likely to be
ionic? Which are likely to be molecular? SiCly, LiF,
BaClz, B2H6, KCL C2H4

Which of the following compounds are likely to be
ionic? Which are likely to be molecular? CHy, NaBr,
BaF,, CCl,, ICI, CsCl, NF;




Naming Compounds
Problems

&f2.47

Gf2.48

Gf2.49

GF2.50

Name these compounds: (a) Na,CrO,, (b) K,HPO,,
(c) HBr (gas), (d) HBr (in water), (e) Li,COs;,
(f) KyCry07, (2) NH4NO,, (h) PF;, (i) PFs, (j) P4O,
(k) CdI,, (I) SrSO,, (m) AI(OH);, (n) Na,COj;-
10H,0.

Name these compounds: (a) KCIO, (b) Ag,COs;,
(c) FeCl,, (d) KMnO,, (e) CsClOs, (f) HIO, (g) FeO,
(h) Fe,03, (i) TiCly, (j) NaH, (k) LisN, (1) Na,O, (m)
Nazoz, (n) FCC13 . 6H2O

Write the formulas for these compounds: (a) rubidium
nitrite, (b) potassium sulfide, (c) perbromic acid, (d)
magnesium phosphate, (e) calcium hydrogen phos-
phate, (f) boron trichloride, (g) iodine heptafluoride,
(h) ammonium sulfate, (i) silver perchlorate, (j)
iron(IIT) chromate, (k) calcium sulfate dihydrate.

Write the formulas for these compounds: (a) copper(I)
cyanide, (b) strontium chlorite, (c) perchloric acid,
(d) hydroiodic acid, (e) disodium ammonium
phosphate, (f) lead(IT) carbonate, (g) tin(II) fluoride,
(h) tetraphosphorus decasulfide, (i) mercury(Il)
oxide, (j) mercury(I) iodide, (k) cobalt(II) chloride
hexahydrate.

Additional Problems

251

&f2.52

&f2.53

2.54

2.55

One isotope of a metallic element has a mass number
of 65 and has 35 neutrons in the nucleus. The cation
derived from the isotope has 28 electrons. Write the
symbol for this cation.

In which one of these pairs do the two species resem-
ble each other most closely in chemical properties?
(a) 1H and [H™, (b) YN and "N~ (c) '2C and '3C.
This table gives numbers of electrons, protons, and
neutrons in atoms or ions of a number of elements.
(a) Which of the species are neutral? (b) Which are
negatively charged? (c) Which are positively
charged? (d) What are the conventional symbols for
all the species?

Atom or Ion

of Element A B C D E

Number of electrons 5 10 18 28 36
Number of protons 5 7 19 30 35
7 20 36 46

AN Ln WL | o
No)

Number of neutrons 5 10

What is wrong or ambiguous about these descrip-
tions? (a) 1 g of hydrogen, (b) four molecules of
NaCl.

These phosphorus sulfides are known: P4S;, P4S5, and
P,So. Do these compounds obey the law of multiple
proportions?

2.56

&f2.57

2.58

&f2.59

2.60

261

2.62

2.63

G264
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Questions and Problems

Which of these are elements, which are molecules but
not compounds, which are compounds but not mole-
cules, and which are both compounds and molecules?
(@) SOy, (b) S, (¢) Cs, (d) N;Os, (e) O, (f) O, (2) Os,
(h) CHy, (i) KBr, (j) S, (k) P4, (1) LiF.

Determine the molecular and empirical formulas of
the compounds shown here. (Black spheres are car-
bon and gray spheres are hydrogen).

(b) (©) (d)

Some compounds are better known by their common
names than by their systematic chemical names. Con-
sult a handbook, a dictionary, or your instructor for
the chemical formulas of these substances: (a) dry
ice, (b) table salt, (c) laughing gas, (d) marble (chalk,
limestone), (e) quicklime, (f) slaked lime, (g) baking
soda, (h) milk of magnesia.

Fill in the blanks in this table:

Symbol Sepe?”

Protons 5 79 86
Neutrons 6 16 117 136
Electrons 5 18 79

Net charge -3 0

(a) Which elements are most likely to form ionic
compounds? (b) Which metallic elements are most
likely to form cations with different charges?

Many ionic compounds contain either aluminum (a
Group 3A metal) or a metal from Group 1A or Group
2A and a nonmetal—oxygen, nitrogen, or a halogen
(Group 7A). Write the chemical formulas and names
of all the binary compounds that can result from such
combinations.

Which of these symbols provides more information
about the atom: >*Na or ;;Na? Explain.

Write the chemical formulas and names of acids that
contain Group 7A elements. Do the same for ele-
ments in Groups 3A, 4A, 5A, and 6A.

While most isotopes of light elements such as oxygen
and phosphorus contain relatively equal amounts of
protons and neutrons in the nucleus, recent results
indicate that a new class of isotopes called neutron-
rich isotopes can be prepared. These neutron-rich iso-
topes push the limits of nuclear stability as the large
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&f2.65

2.66

2.67

2.68

Gf2.69

2.70

G271

&f2.72

276
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numbers of neutrons approach the “neutron drip line.”
These neutron-rich isotopes may play a critical role
in the nuclear reactions of stars. Determine the
number of neutrons in the following neutron-rich
isotopes: (a) 4OMg, (b) ¥Si, (c) BCa, (d) “AL

Group the following elements in pairs that you would
expect to show similar chemical properties: K, F, P,
Na, Cl, and N.

List the elements that exist as gases at room tempera-
ture. (Hint: All except one element can be found in
Groups 5A, 6A, 7A, and 8A.)

The Group 1B metals, Cu, Ag, and Au, are called
coinage metals. What chemical properties make them
specially suitable for making coins and jewels?

The elements in Group 8A of the periodic table are
called noble gases. Can you guess the meaning of
“noble” in this context?

The formula for calcium oxide is CaO. What are the
formulas for magnesium oxide and cesium oxide?

A common mineral of barium is barytes, or barium
sulfate (BaSO,). Because elements in the same peri-
odic group have similar chemical properties, we
might expect to find some radium sulfate (RaSO,)
mixed with barytes because radium is the last mem-
ber of Group 2A. However, the only source of radium
compounds in nature is in uranium minerals. Why?

Fluorine reacts with hydrogen (H) and with deuterium
(D) to form hydrogen fluoride (HF) and deuterium
fluoride (DF) [deuterium (%H) is an isotope of hydro-
gen]. Would a given amount of fluorine react with dif-
ferent masses of the two hydrogen isotopes? Does this
violate the law of definite proportions? Explain.

Predict the formula and name of a binary compound
formed from these elements: (a) Na and H, (b) B
and O, (c) Naand S, (d) Al and F, (e) F and O, (f) Sr
and Cl.

f2.73  Fill the blanks in the following table.
Cation | Anion | Formula Name
Magnesium bicarbonate
SrCl,
Fe’* NO;
Manganese(II) chlorate
SnBr,
Co** PO}~
Hg " r
Cu2C03
Lithium nitride
AP q2-

&f2.74 Identify each of the following elements: (a) a halogen
whose anion contains 36 electrons, (b) a radioactive
noble gas with 86 protons, (c) a Group 6A element
whose anion contains 36 electrons, (d) an alkali metal
cation that contains 36 electrons, (e¢) a Group 4A cat-
ion that contains 80 electrons.

275 Write the molecular formulas for and names of the

following compounds.

©
e e e,
¢

~ ~ Special
On p. 31 it was pointed out that mass and energy are
alternate aspects of a single entity called mass-
energy. The relationship between these two physical
quantities is Einstein’s famous equation, £ = mc,
where E is energy, m is mass, and c is the speed of
light. In a combustion experiment, it was found that
12.096 g of hydrogen molecules combined with
96.000 g of oxygen molecules to form water and re-
leased 1.715 X 10° kJ of heat. Calculate the corre-
sponding mass change in this process and comment
on whether the law of conservation of mass holds for
ordinary chemical processes. (Hint: The Einstein
equation can be used to calculate the change in mass

Proble

2.77

ms - P —

S— - -

as a result of the change in energy. 1 J = 1 kg m?/s’
and ¢ = 3.00 X 10° m/s.)

(a) Describe Rutherford’s experiment and how it led to
the structure of the atom. How was he able to estimate
the number of protons in a nucleus from the scattering
of the « particles? (b) Consider the 2Na atom. Given
that the radius and mass of the nucleus are 3.04 X
10" mand 3.82 X 10~ g, respectively, calculate the
density of the nucleus in g/cm’. The radius of a **Na
atom is 186 pm. Calculate the density of the space oc-
cupied by the electrons in the sodium atom. Do your
results support Rutherford’s model of an atom? [The
volume of a sphere is (4/ 3)mr’, where r is the radius.]
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2.79

Ethane and acetylene are two gaseous hydrocarbons.
Chemical analyses show that in one sample of ethane,
2.65 g of carbon are combined with 0.665 g of hydro-
gen, and in one sample of acetylene, 4.56 g of carbon
are combined with 0.383 g of hydrogen. (a) Are these
results consistent with the law of multiple propor-
tions? (b) Write reasonable molecular formulas for
these compounds.

Draw two different structural formulas based on the .z
molecular formula C,HgO. Is the fact that you can

Gf 2.80

Gf 281

Answers to Practice Exercises 59

have more than one compound with the same mo-
lecular formula consistent with Dalton’s atomic
theory?

A monatomic ion has a charge of +2. The nucleus of
the parent atom has a mass number of 55. If the num-
ber of neutrons in the nucleus is 1.2 times that of the
number of protons, what is the name and symbol of
the element?

Name the following acids:

W Answers to Practice Exercises \7/ — /—

2.1 29 protons, 34 neutrons, and 29 electrons.

2.2 CHCls.
(b) lithium chlorate.

2.3 C,H;5N,O0. 2.4 (a) Lead(Il) oxide,
2.5 (a) Rb,SO,, (b) BaH,.

2.6 (a) Nitrogen trifluoride, (b) dichlorine heptoxide.

2.7 (a) SE,, (b) N,Os.

2.8 (a) Hypobromous acid,

(b) hydrogen sulfate ion.
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Sulfur burning in oxygen to form sulfur dioxide. About 50 million
tons of SO, are released to the atmosphere every year.

ESSENTIAL CONCEPTS

Atomic Mass and Molar Mass The mass of an atom, which is
extremely small, is based on the carbon-12 isotope scale. An
atom of the carbon-12 isotope is assigned a mass of exactly 12
atomic mass units (amu). To work with the more convenient
scale of grams, chemists use the molar mass. The molar mass of
carbon-12 is exactly 12 g and contains an Avogadro’s number
(6.022 X 10?) of atoms. The molar masses of other elements are
also expressed in grams and contain the same number of atoms.
The molar mass of a molecule is the sum of the molar masses of
its constituent atoms.

Percent Composition of a Compound The makeup of a com-
pound is most conveniently expressed in terms of its percent
composition, which is the percent by mass of each element the
compound contains. A knowledge of its chemical formula
enables us to calculate the percent composition. Experimental
determination of percent composition and the molar mass of a
compound enables us to determine its chemical formula.

Writing Chemical Equations An effective way to represent the
outcome of a chemical reaction is to write a chemical equation,
which uses chemical formulas to describe what happens. A chem-
ical equation must be balanced so that we have the same number
and type of atoms for the reactants, the starting materials, and the
products, the substances formed at the end of the reaction.

Mass Relationships of a Chemical Reaction A chemical equa-
tion enables us to predict the amount of product(s) formed, called
the yield, knowing how much reactant(s) was (were) used. This
information is of great importance for reactions run on the labo-
ratory or industrial scale. In practice, the actual yield is almost
always less than that predicted from the equation because of
various complications.



3.1 Atomic Mass

In this chapter, we will use what we have learned about chemical structure and for-
mulas in studying the mass relationships of atoms and molecules. These relationships
in turn will help us to explain the composition of compounds and the ways in which
composition changes.

The mass of an atom depends on the number of electrons, protons, and neutrons
it contains. Knowledge of an atom’s mass is important in laboratory work. But atoms
are extremely small particles—even the smallest speck of dust that our unaided eyes
can detect contains as many as 1 X 10'® atoms! Clearly we cannot weigh a single
atom, but it is possible to determine the mass of one atom relative to another exper-
imentally. The first step is to assign a value to the mass of one atom of a given element
so that it can be used as a standard.

By international agreement, atomic mass (sometimes called atomic weight) is the
mass of the atom in atomic mass units (amu). One atomic mass unit is defined as a
mass exactly equal to one-twelfth the mass of one carbon-12 atom. Carbon-12 is the
carbon isotope that has six protons and six neutrons. Setting the atomic mass of
carbon-12 at 12 amu provides the standard for measuring the atomic mass of the other
elements. For example, experiments have shown that, on average, a hydrogen atom is
only 8.400 percent as massive as the carbon-12 atom. Thus, if the mass of one carbon-12
atom is exactly 12 amu, the atomic mass of hydrogen must be 0.084 X 12.00 amu
or 1.008 amu. Similar calculations show that the atomic mass of oxygen is 16.00 amu
and that of iron is 55.85 amu. Thus, although we do not know just how much an aver-
age iron atom’s mass is, we know that it is approximately 56 times as massive as a
hydrogen atom.

Average Atomic Mass

When you look up the atomic mass of carbon in a table such as the one on the inside
front cover of this book, you will find that its value is not 12.00 amu but 12.01 amu.
The reason for the difference is that most naturally occurring elements (including
carbon) have more than one isotope. This means that when we measure the atomic
mass of an element, we must generally settle for the average mass of the naturally
occurring mixture of isotopes. For example, the natural abundances of carbon-12 and
carbon-13 are 98.90 percent and 1.10 percent, respectively. The atomic mass of
carbon-13 has been determined to be 13.00335 amu. Thus, the average atomic mass
of carbon can be calculated as follows:

average atomic mass
of natural carbon = (0.9890)(12.00000 amu) + (0.0110)(13.00335 amu)
12.01 amu

Note that in calculations involving percentages, we need to convert percentages to
fractions. For example, 98.90 percent becomes 98.90/100, or 0.9890. Because there
are many more carbon-12 atoms than carbon-13 atoms in naturally occurring carbon,
the average atomic mass is much closer to 12 amu than to 13 amu.

It is important to understand that when we say that the atomic mass of carbon is
12.01 amu, we are referring to the average value. If carbon atoms could be examined
individually, we would find either an atom of atomic mass 12.00000 amu or one of
13.00335 amu, but never one of 12.01 amu.

3.1 Atomic Mass 61

Section 3.4 describes a method for
determining atomic mass.

One atomic mass unit is also called one
dalton.

Atomic

6 -
number

1201+

. 13¢
C 1.10%
98.90%

Natural abundances of C-12 and
C-13 isotopes.
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EXAMPLE 3.1

Copper, a metal known since ancient times, is used in electrical cables and pennies,
among other things. The atomic masses of its two stable isotopes, 5%Cu (69.09
percent) and 5Cu (30.91 percent), are 62.93 amu and 64.9278 amu, respectively.
Calculate the average atomic mass of copper. The relative abundances are given in
parentheses.

Strategy Each isotope contributes to the average atomic mass based on its relative
abundance. Multiplying the mass of an isotope by its fractional abundance (not
percent) will give the contribution to the average atomic mass of that particular
isotope.

Solution First the percents are converted to fractions: 69.09 percent to 69.09/100 or
0.6909 and 30.91 percent to 30.91/100 or 0.3091. We find the contribution to the average
atomic mass for each isotope, then add the contributions together to obtain the average
atomic mass.

(0.6909)(62.93 amu) + (0.3091)(64.9278 amu) = 63.55 amu

Check The average atomic mass should be between the two isotopic masses; therefore,
the answer is reasonable. Note that because there are more S3Cu than 5Cu isotopes, the
average atomic mass is closer to 62.93 amu than to 64.9278 amu.

& Practice Exercise The atomic masses of the two stable isotopes of boron, '9B (19.78
percent) and !B (80.22 percent), are 10.0129 amu and 11.0093 amu, respectively.
Calculate the average atomic mass of boron.

The atomic masses of many elements have been accurately determined to five or
six significant figures. However, for our purposes we will normally use atomic masses
accurate only to four significant figures (see table of atomic masses inside the front
Copper metal and the solid-state  cover). For simplicity, we will omit the word “average” when we discuss the atomic
structure of copper. masses of the elements.

ReviEw orF CONCEPTS

The atomic mass of helium (He) as reported on the periodic table is 4.003 amu. Given
that there are two stable isotopes of He (3He and 5He), what is the probability that a
single, randomly selected atom of helium would have a mass of 4.003 amu?

Similar problems: 3.5, 3.6.

3.2 Avogadro’s Number and the Molar
Mass of an Element

Atomic mass units provide a relative scale for the masses of the elements. But because
atoms have such small masses, no usable scale can be devised to weigh them in
calibrated units of atomic mass units. In any real situation, we deal with macroscopic
samples containing enormous numbers of atoms. Therefore, it is convenient to have
a special unit to describe a very large number of atoms. The idea of a unit to denote
a particular number of objects is not new. For example, the pair (2 items), the dozen
(12 items), and the gross (144 items) are all familiar units. Chemists measure atoms
and molecules in moles.

The adjective formed from the noun In the SI system the mole (mol) is the amount of a substance that contains as

“mole” is “molar.” many elementary entities (atoms, molecules, or other particles) as there are atoms in
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exactly 12 g (or 0.012 kg) of the carbon-12 isotope. The actual number of atoms in
12 g of carbon-12 is determined experimentally. This number is called Avogadro’s
number (N,), in honor of the Italian scientist Amedeo Avogadro. The currently
accepted value is

N, = 6.0221415 X 10%

Generally, we round Avogadro’s number to 6.022 X 10*. Thus, just as one dozen
oranges contains 12 oranges, 1 mole of hydrogen atoms contains 6.022 X 10 H atoms.
Figure 3.1 shows samples containing 1 mole each of several common elements.

The enormity of Avogadro’s number is difficult to imagine. For example, spreading
6.022 X 10 oranges over the entire surface of Earth would produce a layer 9 mi into
space! Because atoms (and molecules) are so tiny, we need a huge number to study
them in manageable quantities.

We have seen that 1 mole of carbon-12 atoms has a mass of exactly 12 g and
contains 6.022 X 10> atoms. This mass of carbon-12 is its molar mass (), defined
as the mass (in grams or kilograms) of 1 mole of units (such as atoms or molecules)
of a substance. Note that the molar mass of carbon-12 (in grams) is numerically equal
to its atomic mass in amu. Likewise, the atomic mass of sodium (Na) is 22.99 amu
and its molar mass is 22.99 g; the atomic mass of phosphorus is 30.97 amu and its
molar mass is 30.97 g; and so on. If we know the atomic mass of an element, we
also know its molar mass.

Knowing the molar mass and Avogadro’s number, we can calculate the mass of a
single atom in grams. For example, we know the molar mass of carbon-12 is 12.00 g
and there are 6.022 X 10* carbon-12 atoms in 1 mole of the substance; therefore, the
mass of one carbon-12 atom is given by

12.00 g carbon-12 atoms
6.022 X 10 carbon-12 atoms

=1993 X 10 % g

Figure 3.1

One mole each of several
common elements. Carbon
(black charcoal powder), sulfur
(vellow powder), iron (as nails),
copper (wires), and mercury
(shiny liquid metal).

In calculations, the units of molar mass
are g/mol or kg/mol.
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Massof  __m/it = Number of moles 7N Number of atoms
element (m) nl of element (n) NN, of element (N)

Figure 3.2

The relationships between mass (m in grams) of an element and number of moles of an element (n) and between number of moles of
an element and number of atoms (N) of an element. M is the molar mass (g/mol) of the element and N, is Avogadro’s number.

We can use the preceding result to determine the relationship between atomic
mass units and grams. Because the mass of every carbon-12 atom is exactly 12 amu,
the number of atomic mass units equivalent to 1 gram is

amu 12 amu % 1 carben-12-atom
gram 1 carben—+2atom ~ 1.993 X 10 P g
6.022 X 10* amu/g

Thus,

1g=6.022 X 10 amu

and lamu = 1.661 X 107> g

This example shows that Avogadro’s number can be used to convert from the atomic
mass units to mass in grams and vice versa.

The notions of Avogadro’s number and molar mass enable us to carry out conver-
sions between mass and moles of atoms and between moles and number of atoms
(Figure 3.2). We will employ the following conversion factors in the calculations:

1 mol X 1 mol X
- an
molar mass of X 6.022 X 10* X atoms

where X represents the symbol of an element. Using the proper conversion factors
we can convert one quantity to another, as Examples 3.2-3.4 show.

EXAMPLE 3.2

Zinc (Zn) is a silvery metal that is used in making brass (with copper) and in plating
iron to prevent corrosion. How many moles of Zn are there in 45.9 g of Zn?

Strategy We are trying to solve for moles of Zn. What conversion factor do we need
to convert between grams and moles? Arrange the appropriate conversion factor so that
grams cancel and the unit mol is obtained for your answer.

Solution The conversion factor needed to convert between grams and moles is the
molar mass. In the periodic table (see inside front cover) we see that the molar mass of
Zn is 65.39 g. This can be expressed as

Zinc. 1 mol Zn = 65.39 g Zn

From this equality, we can write the two conversion factors

Imoizn . 6539Zn

65.39 g Zn an 1 mol Zn
(Continued)
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The conversion factor on the left is the correct one. Grams will cancel, leaving the unit
of mol for the answer. The number of moles of Zn is

1 mol Zn

65.39 g¢Zn
Thus, there is 0.702 mole of Zn in 45.9 g of Zn.

459 g#Zn X = 0.702 mol Zn

Check Because 45.9 g is less than the molar mass of Zn, we expect the result to be
less than 1 mole. Similar problem: 3.15.

Practice Exercise Calculate the number of grams of lead (Pb) in 12.4 moles of lead. (e |

EXAMPLE 3.3

Sulfur (S) is a nonmetallic element that is present in coal. When coal is burned, sulfur
is converted to sulfur dioxide and eventually to sulfuric acid, which gives rise to the
acid rain phenomenon. How many atoms are in 25.1 g of S?

Strategy The question asks for atoms of sulfur. We cannot convert directly from
grams to atoms of sulfur. What unit do we need to convert grams of sulfur to in order
to convert to atoms? What does Avogadro’s number represent?

Solution We need two conversions: first from grams to moles and then from moles to
number of particles (atoms). The first step is similar to Example 3.2. Because

1mol S =32.07¢gS
the conversion factor is

1 mol S
32.07¢gS

Avogadro’s number is the key to the second step. We have
1 mol = 6.022 X 10* particles (atoms)
and the conversion factors are

6.022 X 10% S atoms . 1 mol S
1 mol S 6.022 X 10% S atoms

Elemental sulfur (Sg) consists of
The conversion factor on the left is the one we need because it has the number of eight S atoms joined in a ring.
S atoms in the numerator. We can solve the problem by first calculating the number of
moles contained in 25.1 g of S, and then calculating the number of S atoms from the
number of moles of S:

grams of S ——> moles of S ——> number of S atoms
We can combine these conversions in one step as follows:

I metS  6.022 X 10% S atoms
25.1 28 X X = 471 X 10% S at
&S X5 07 es 1 motS atoms

Thus, there are 4.71 X 10% atoms of S in 25.1 g of S.

Check Should 25.1 g S contain fewer than Avogadro’s number of atoms? What mass
of S would contain Avogadro’s number of atoms? Similar problems: 3.20, 3.21.

Practice Exercise Calculate the number of atoms in 0.551 g of potassium (K). (e }
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Silver rings and the solid-state
structure of silver.

Similar problem: 3.17.

SO,

EXAMPLE 3.4

Silver (Ag) is a precious metal used mainly in jewelry. What is the mass (in grams) of
one Ag atom?

Strategy The question asks for the mass of one Ag atom. How many Ag atoms are in
1 mole of Ag and what is the molar mass of Ag?

Solution Because 1 mole of Ag atom contains 6.022 X 10* Ag atoms and has a mass
of 107.9 g, we can calculate the mass of one Ag atom as follows:

1 mol-Ag 1079 g
6.022 X 10* Agatoms | molAg

Check Because 6.022 X 10 atoms of Ag have a mass 107.9 g, one atom of Ag should
have a significantly smaller mass.

1 Agatom X = 1792 X 107 2g

Practice Exercise What is the mass (in grams) of one iodine (I) atom?

ReviEw oF CONCEPTS

Referring only to the periodic table in the inside front cover and Figure 3.2, deter-
mine which of the following contains the largest number of atoms: (a) 2 g of He,
(b) 110 g of Fe, and (c) 250 g of Hg.

3.3 Molecular Mass

If we know the atomic masses of the component atoms, we can calculate the mass of
a molecule. The molecular mass (sometimes called molecular weight) is the sum of the
atomic masses (in amu) in the molecule. For example, the molecular mass of H,O is

2(atomic mass of H) + atomic mass of O
or 2(1.008 amu) + 16.00 amu = 18.02 amu

In general, we need to multiply the atomic mass of each element by the number of
atoms of that element present in the molecule and sum over all the elements.

EXAMPLE 3.5

Calculate the molecular masses (in amu) of the following compounds: (a) sulfur dioxide
(SO,) and (b) caffeine (CgH;(N,O,).

Strategy How do atomic masses of different elements combine to give the molecular
mass of a compound?

Solution To calculate molecular mass, we need to sum all the atomic masses in the
molecule. For each element, we multiply the atomic mass of the element by the number
of atoms of that element in the molecule. We find atomic masses in the periodic table
(inside front cover).

(a) There are two O atoms and one S atom in SO,, so that

molecular mass of SO, = 32.07 amu + 2(16.00 amu)

= 64.07 amu
(Continued)
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(b) There are eight C atoms, ten H atoms, four N atoms, and two O atoms in caffeine,
so the molecular mass of CgH;(N,O, is given by

8(12.01 amu) + 10(1.008 amu) + 4(14.01 amu) + 2(16.00 amu) = 194.20 amu Similar problems: 3.23, 3.24.

Practice Exercise What is the molecular mass of methanol (CH,0)? o

From the molecular mass we can determine the molar mass of a molecule or
compound. The molar mass of a compound (in grams) is numerically equal to its
molecular mass (in amu). For example, the molecular mass of water is 18.02 amu, so
its molar mass is 18.02 g. Note that 1 mole of water weighs 18.02 g and contains
6.022 X 10% H,0 molecules, just as 1 mole of elemental carbon contains 6.022 X 10%
carbon atoms.

As Examples 3.6 and 3.7 show, a knowledge of the molar mass enables us to cal-
culate the numbers of moles and individual atoms in a given quantity of a compound.

EXAMPLE 3.6 L

Methane (CH,) is the principal component of natural gas. How many moles of CH, are

present in 4.83 g of CH,? ‘
Strategy We are given grams of CH, and asked to solve for moles of CH,. What ‘
conversion factor do we need to convert between grams and moles? Arrange the

appropriate conversion factor so that grams cancel and the unit moles are obtained for CH,

your anSwer.

Solution The conversion factor needed to convert between grams and moles is the
molar mass. First we need to calculate the molar mass of CH,, following the procedure
in Example 3.5:
molar mass of CH; = 12.01 g + 4(1.008 g)
=16.04 ¢

Because
1 mol CH,; = 16.04 g CH,

the conversion factor we need should have grams in the denominator so that the unit g
will cancel, leaving the unit mol in the numerator:

Methane gas burning on a
1 mol CH, cooking range.

16.04 ¢ CH,

We now write

1 mol CH,
16.04 g CH;
Thus, there is 0.301 mole of CHy in 4.83 g of CH,.

Check Should 4.83 g of CH, equal less than 1 mole of CH,? What is the mass of
1 mole of CH,? Similar problem: 3.26.

4.83 g CH; X = 0.301 mol CH,

Practice Exercise Calculate the number of moles of chloroform (CHCl;) in 198 g of o
chloroform.
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Urea.

Similar problems: 3.27, 3.28.

For molecules, formula mass and molecu-
lar mass refer to the same quantity.

EXAMPLE 3.7

How many hydrogen atoms are present in 43.8 g of urea [(NH,),CO], which is used as
a fertilizer, in animal feed, and in the manufacture of polymers? The molar mass of urea
is 60.06 g.

Strategy We are asked to solve for atoms of hydrogen in 43.8 g of urea. We cannot
convert directly from grams of urea to atoms of hydrogen. How should molar mass and
Avogadro’s number be used in this calculation? How many moles of H are in 1 mole of
urea?

Solution To calculate the number of H atoms, we first must convert grams of urea to
moles of urea using the molar mass of urea. This part is similar to Example 3.2. The
molecular formula of urea shows there are four moles of H atoms in one mole of urea
molecule, so the mole ratio is 4:1. Finally, knowing the number of moles of H atoms, we
can calculate the number of H atoms using Avogadro’s number. We need two conversion
factors: molar mass and Avogadro’s number. We can combine these conversions

grams of urea ——> moles of urea ——> moles of H ——> atoms of H

into one step:

1 mol-(NH7)7;CO . % 10?3
43.8 ¢ (NH;)7CO X 2)2 >< 4 mel H % 6.022 X 10~ H atoms
60.06 ¢ (NH5)€0 1 mol (NH),€0 T mobH

= 1.76 X 10** H atoms

Check Does the answer look reasonable? How many atoms of H would 60.06 g of
urea contain?

Practice Exercise How many H atoms are in 72.5 g of isopropanol (rubbing
alcohol), C3HzO?

Finally, note that for ionic compounds like NaCl and MgO that do not contain
discrete molecular units, we use the term formula mass instead. The formula unit of
NaCl consists of one Na™ ion and one C1~ ion. Thus, the formula mass of NaCl is
the mass of one formula unit:

formula mass of NaCl = 22.99 amu + 35.45 amu
= 58.44 amu

and its molar mass is 58.44 g.

ReviEw oF CONCEPTS

Determine the molecular mass and the molar mass of citric acid, H;C4HsO;.

3.4 The Mass Spectrometer

The most direct and most accurate method for determining atomic and molecular
masses is mass spectrometry, which 