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Preface

To the Student

As you begin this course, I invite you to think about your rea-
sons for enrolling in it. Why are you taking general chemistry?
More generally, why are you pursuing a college education? If
you are like most college students taking general chemistry,
part of your answer is probably that this course is required for
your major and that you are pursuing a college education so
you can get a good job some day. While these are good rea-
sons, I would like to suggest a better one. I think the primary
reason for your education is to prepare you to live a good life.
You should understand chemistry—not for what it can get
you—but for what it can do to you. Understanding chemistry, I
believe, is an important source of happiness and fulfillment.
Let me explain.

Understanding chemistry helps you to live life to its fullest
for two basic reasons. The first is intrinsic: through an under-
standing of chemistry, you gain a powerful appreciation for just
how rich and extraordinary the world really is. The second
reason is extrinsic: understanding chemistry makes you a more
informed citizen—it allows you to engage with many of the
issues of our day. In other words, understanding chemistry
makes you a deeper and richer person and makes your country
and the world a better place to live. These reasons have been the
foundation of education from the very beginnings of civilization.

How does chemistry help prepare you for a rich life and con-
scientious citizenship? Let me explain with two examples. My
first one comes from the very first page of Chapter 1 of this book.
There, I ask the following question: What is the most important
idea in all of scientific knowledge? My answer to that question is
this: the behavior of matter is determined by the properties of
molecules and atoms. That simple statement is the reason I love
chemistry. We humans have been able to study the substances
that compose the world around us and explain their behavior by
reference to particles so small that they can hardly be imagined.
If you have never realized the remarkable sensitivity of the world
we can see to the world we cannot, you have missed out on a
fundamental truth about our universe. To have never encountered
this truth is like never having read a play by Shakespeare or seen
a sculpture by Michelangelo—or, for that matter, like never hav-
ing discovered that the world is round. It robs you of an amazing
and unforgettable experience of the world and the human ability
to understand it.

My second example demonstrates how science literacy
helps you to be a better citizen. Although I am largely sympa-
thetic to the environmental movement, a lack of science literacy
within some sectors of that movement, and the resulting
anti-environmental backlash, creates confusion that impedes
real progress and opens the door to what could be misinformed
policies. For example, I have heard conservative pundits say
that volcanoes emit more carbon dioxide—the most significant
greenhouse gas—than does petroleum combustion. I have also
heard a liberal environmentalist say that we have to stop using
hairspray because it is causing holes in the ozone layer that will

lead to global warming. Well, the claim about volcanoes
emitting more carbon dioxide than petroleum combustion can
be refuted by the basic tools you will learn to use in Chapter 4
of this book. We can easily show that volcanoes emit only
1/50th as much carbon dioxide as petroleum combustion. As
for hairspray depleting the ozone layer and thereby leading to
global warming, the chlorofluorocarbons that deplete ozone
have been banned from hairspray since 1978, and ozone deple-
tion has nothing to do with global warming anyway. People
with special interests or axes to grind can conveniently distort
the truth before an ill-informed public, which is why we all
need to be knowledgeable.

So this is why I think you should take this course. Not just
to satisfy the requirement for your major, and not just to get a
good job some day, but to help you to lead a fuller life and to
make the world a little better for everyone. I wish you the best
as you embark on the journey to understand the world around
you at the molecular level. The rewards are well worth
the effort.

To the Professor

First and foremost, thanks to all of you who adopted this book
in its first and second editions. You helped to make this book
one of the most popular general chemistry textbooks in the
world. I am grateful beyond words. Second, I have listened
carefully to your feedback on the previous edition. The changes
you see in this edition are the direct result of your input, as
well as my own experience using the book in my general
chemistry courses. If you have acted as a reviewer or have
contacted me directly, you will likely see your suggestions
reflected in the changes I have made. Thank you.

In spite of the changes I just mentioned, the goal of the
book remains the same: fo present a rigorous and accessible
treatment of general chemistry in the context of relevance.
Teaching general chemistry would be much easier if all of our
students had exactly the same level of preparation and ability.
But alas, that is not the case. Even though I teach at a relatively
selective institution, my courses are populated with students
with a range of backgrounds and abilities in chemistry. The
challenge of successful teaching, in my opinion, is therefore
figuring out how to instruct and challenge the best students
while not losing those with lesser backgrounds and abilities.
My strategy has always been to set the bar relatively high, while
at the same time providing the motivation and support neces-
sary to reach the high bar. That is exactly the philosophy of this
book. We do not have to compromise away rigor in order to
make chemistry accessible to our students. In this book, I have
worked hard to combine rigor with accessibility—to create a
book that does not dilute the content, yet can be used and
understood by any student willing to put in the necessary effort.

Chemistry: A Molecular Approach is first and foremost a
student-oriented book. My main goal is to motivate students
and get them to achieve at the highest possible level. As we all
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know, many students take general chemistry because it is a
requirement; they do not see the connection between chemistry
and their lives or their intended careers. Chemistry: A Molecular
Approach strives to make those connections consistently and
effectively. Unlike other books, which often teach chemistry as
something that happens only in the laboratory or in industry,
this book teaches chemistry in the context of relevance. It
shows students why chemistry is important to them, to their
future careers, and to their world.

Chemistry: A Molecular Approach is secondly a
pedagogically driven book. In seeking to develop problem-
solving skills, a consistent approach (Sort, Strategize, Solve,
and Check) is applied, usually in a two- or three-column
format. In the two-column format, the left column shows the
student how to analyze the problem and devise a solution
strategy. It also lists the steps of the solution, explaining the
rationale for each one, while the right column shows the imple-
mentation of each step. In the three-column format, the left
column outlines the general procedure for solving an important
category of problems that is then applied to two side-by-side
examples. This strategy allows students to see both the general
pattern and the slightly different ways in which the procedure
may be applied in differing contexts. The aim is to help
students understand both the concept of the problem (through
the formulation of an explicit conceptual plan for each
problem) and the solution to the problem.

Chemistry: A Molecular Approach is thirdly a visual book.
Wherever possible, images are used to deepen the student’s
insight into chemistry. In developing chemical principles, mul-
tipart images help to show the connection between everyday
processes visible to the unaided eye and what atoms and mole-
cules are actually doing. Many of these images have three parts:
macroscopic, molecular, and symbolic. This combination helps
students to see the relationships between the formulas they
write down on paper (symbolic), the world they see around
them (macroscopic), and the atoms and molecules that com-
pose that world (molecular). In addition, most figures are
designed to teach rather than just to illustrate. They are rich
with annotations and labels intended to help the student grasp
the most important processes and the principles that underlie
them. The resulting images are rich with information but also
uncommonly clear and quickly understood.

Chemistry: A Molecular Approach is fourthly a “big
picture” book. At the beginning of each chapter, a short para-
graph helps students to see the key relationships between the
different topics they are learning. Through a focused and
concise narrative, I strive to make the basic ideas of every
chapter clear to the student. Interim summaries are provided
at selected spots in the narrative, making it easier to grasp
(and review) the main points of important discussions. And
to make sure that students never lose sight of the forest for
the trees, each chapter includes several Conceptual
Connections, which ask them to think about concepts and
solve problems without doing any math. I want students to
learn the concepts, not just plug numbers into equations to
churn out the right answer.

Chemistry: A Molecular Approach is lastly a book that
delivers the depth of coverage faculty want. We do not have to

cut corners and water down the material in order to get our
students interested. We simply have to meet them where they
are, challenge them to the highest level of achievement, and
then support them with enough pedagogy to allow them to
succeed.

I hope that this book supports you in your vocation of
teaching students chemistry. I am increasingly convinced of the
importance of our task. Please feel free to email me with any
questions or comments about the book.

Nivaldo J. Tro
tro@westmont.edu

What’s New in This Edition?

The book has been extensively revised and contains more small
changes than can be detailed here. I have detailed the most sig-
nificant changes to the book and its supplements below.

* | have added a 10-15 question multiple-choice end-of-
chapter Self Assessment Quiz to each chapter. Since many
colleges and universities utilize multiple-choice exams,
and because standardized final exams are often multiple
choice, these quizzes are meant for students to self test
their basic knowledge and skills for each chapter.

¢ I have added approximately 50 new Conceptual Connec-
tion questions throughout the book. I have also moved the
answers to all Conceptual Connections from within the
chapter to the end-of-chapter material.

* [ have updated all data throughout the book to reflect the
most recent measurements available. These updates
include Figure 4.2 Carbon Dioxide in the Atmosphere;
Figure 4.3 Global Temperatures, Figure 4.25 U.S. Energy
Consumption; Table 13.4 Change in Pollutant Levels;
Figure 13.19 Ozone Depletion in the Antarctic Spring;
Figure 15.15 Sources of U.S. Energy, Figure 15.16 Acid
Rain; and Figure 15.18 U.S. Sulfur Dioxide Pollutant
Levels.

e | have added a new Chemistry in Your Day: Evolving
Atomic Masses box to Section 2.9 to address the recent
changes in [UPAC atomic masses. I have modified the
atomic masses of Li, S, and Ge throughout the book to
reflect these changes.

* | have added new material in which students must inter-
pret mass spectra to Section 2.8. This material includes a
new unnumbered figure and new end-of-chapter problems.

e I have added a new section (Section 3.7 Summary of
Inorganic Nomenclature) that includes a new in-chapter
figure (Figure 3.10) and a new example (Example 3.11).
This new material summarizes nomenclature and allows
the student to learn how to name a compound without the
compound being pre-classified.

* | have added a new example (Example 3.24) on balancing
chemical equations containing ionic compounds with
polyatomic ions.

* I have replaced Section 7.1 with a new chapter opener
entitled Schrodinger’s Cat. The opener includes new art
depicting Erwin Schrodinger’s desk.



* [ have expanded and clarified the description of the photo-
electric effect and the particle nature of light in Section 7.2,
including a new figure (Figure 7.9) that depicts a graph of
the rate of electron ejection from a metal versus the
frequency of light used.

*] have moved the introduction of the fourth quantum
number, my, the spin quantum number, from Chapter 8 to
Section 7.5.

* | have added a new example to Chapter 9 (Example 9.9).

e ] have changed the wedge notation used to draw 3D struc-
tures (first introduced in Section 10.4) to reflect current
trends in this notation.

* I have added electrostatic potential maps for a number of
molecules in Chapter 11 to help students better visualize
polarity and interactions between polar molecules.

* ] have updated all of the energy statistics in Section 15.12.

I have added information about the Fukushima nuclear
accident added to Section 19.7. I have also updated the
content about the proposed nuclear waste storage facility
in Yucca Mountain, Nevada.

* | have revised the Key Concepts end-of-chapter material
so that it is now in a bulleted list format for all chapters for
easy student review.

* [ have added or modified approximately 60 end-of-chapter
problems.

* [ have enlarged many key figures throughout text.

Supplements
For the Instructor

MasteringChemistry® is the best adaptive-learning online
homework and tutorial system. Instructors can create online
assignments for their students by choosing from a wide range of
items, including end-of-chapter problems and research-enhanced
tutorials. Assignments are automatically graded with up-to-date
diagnostic information, helping instructors pinpoint where
students struggle either individually or as a class as a whole.

Instructor Resource DVD (0-321-81363-4) This DVD provides
an integrated collection of resources designed to help instruc-
tors make efficient and effective use of their time. It features
four pre-built PowerPoint™ presentations. The first presentation
contains all the images/figures/tables from the text embedded
within the PowerPoint slides, while the second includes a com-
plete modifiable lecture outline. The final two presentations
contain worked “in-chapter” sample exercises and questions to
be used with Classroom Response Systems. This DVD also
contains movies and animations, as well as the TestGen version
of the Test Bank, which allows instructors to create and tailor
exams to their needs.

Solutions Manual (0-321-81376-6) Prepared by MaryBeth
Kramer of the University of Delaware and Kathleen Thrush
Shaginaw, this manual contains step-by-step solutions to all
complete, end-of-chapter exercises. The Solutions Manual to
accompany the second edition has been extensively revised.
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All problems have been accuracy checked and the design has
been upgraded to improve clarity and ease of use. With
instructor permission, this manual may be made available
to students.

Instructor Resource Manual (0-321-81354-5) Organized by
chapter, this useful guide includes objectives, lecture outlines, ref-
erences to figures and solved problems, as well as teaching tips.

Printed Test Bank (0-321-81367-7) Prepared by Christine
Hermann of Radford University. The printed test bank contains
more than 2000 multiple choice, true/false, and short-answer
questions. The third edition also contains more than 1400 algo-
rithmic questions.

Blackboard® and WebCT® All test questions are available for-
matted for either Blackboard or WebCT. These are available for
download at www.pearsonhighered.com/chemistry.

For the Student

MasteringChemistry® provides students with two learning
systems: an extensive self-study area with an interactive eBook
and the most widely used chemistry homework and tutorial
system (if an instructor chooses to make online assignments
part of the course).

Pearson eText The integration of Pearson eText within
MasteringChemistry® gives students, with new books, easy
access to the electronic text when they are logged into
MasteringChemistry. Pearson eText pages look exactly like the
printed text, offering powerful new functionality for students
and instructors. Users can create notes, highlight text in
different colors, create bookmarks, zoom, view in single-page
or two-page view, etc.

Selected Solutions Manual (0-321-81364-2) Prepared by
MaryBeth Kramer of the University of Delaware and Kathleen
Thrush Shaginaw, this manual for students contains complete,
step-by-step solutions to selected odd-numbered end-of-chapter
problems. The Selected Solutions Manual to accompany the
third edition has been extensively revised. All problems have
been accuracy checked and the design has been upgraded to
improve clarity and ease of use.

Study Guide (0-321-81362-6) Prepared by Jennifer Shanoski of
Merritt College. This Study Guide was written specifically to
assist students using the third edition of Chemistry: A Molecular
Approach. 1t presents the major concept, theories, and
applications discussed in the text in a comprehensive and
accessible manner for students. It contains learning objectives,
chapter summaries, and outlines, as well as examples, self test,
and concept questions.

Laboratory Manual (0-321-81377-4) Prepared by John B.
Vincent and Erica Livingston, both of the University of
Alabama. This manual contains 29 experiments with a focus
on real-world applications. Each experiment contains a set of
pre-laboratory questions, an introduction, a step-by-step
procedure (including safety information), and a report section
featuring post-laboratory questions. Additional features
include a section on laboratory safety rules, an overview on
general techniques and equipment, and a detailed tutorial on
graphing data in Excel.
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DR. TRO’S hallmark
problem-solving approach is
reinforced through interactive
media that incorporates
worked examples accessible
on mobile devices via QR
code on the back cover of your textbook, via links within the
eText, and also in the study area of MasteringChemistry.® He
makes chemistry relevant to your everyday life, your future career,

and the world around you through expanded coverage on the

latest developments in chemistry.

.

‘ ‘ | was compelled to tell you how great your book is. Thank you for
providing enough clear information, examples, applications of content,
and even personal connections in every chapter. | find myself actually

thinking and using my brain rather than just memorizing material. ,,

—Matthew Joshua Buhr, Student, University of South Dakota



Chemistry is relevant to every process occurring around us, at every second.
Niva Tro helps you understand this connection by weaving specific, vivid examples
throughout the text that tell the story of chemistry. Every chapter begins with a
brief story showing chemistry is relevant to all people, at every moment.

1 Matter, Measurement,
and Problem Solving

Molecules,
Compounds, and
Chemical Equations

The Quantum-Mechanical
Model of the Atom




Relevant Stories and Examples

Tro opens each chapter by giving a specific example of the concept to grab
students’ attention, stepping back to make a more general and relatable analogy,
and then going back into specifics. This style is reinforced by both his own
classroom experiences and other successful science writers.

Liquids, Solids, and
Intermolecular Forces

= 1 9 Radioactivity and
Nuclear Chemistry

19.1 Diagnosing Appendicitis

i



Problem Solving Reinforced by

A consistent step-by-step framework encourages thinking logically through the
problem-solving process rather than simply memorizing formulas.

NEW! 40 Interactive Worked Examples have been created for viewing on mobile
devices. Interactive examples instruct you in breaking down problems with Tro’s
proven ‘Sort, Strategize, Solve, and Check” technique and include questions
asking students to predict the outcome.

Two-Column Example

The left column ————® EXAMPLE 6.5 Measuring AF,,, in a Bomb Calorimeter P> *— Icons appear next to

expiains how the When 1.010 g of sucrose (Cy:Hz0y; ) undergoes combustion in a bomb calorimeter, the examples indicating that a
, 33°C. - o Tor the combastion of sucrose s z ; E

prObIem is solved. in klfmwal sucrose. The heat copacity of the bomb calorimeter, determined in a separate dlgllal version is available.

experiment, is 4.90 kIFC. (You can ignore the heat capacity of the small sample of
sucrose because it is negligible compared to the heat capacity of the calorimeter.)

A fouf-part —eee® SORT You are given the mass of suctose, the heat capacity of the | GIVEN: 1.010 g C3H:0y,, T, = 24.92°C,
calorimeter, and the initial and final temperatures, You are asked

See the ways to access
listed on the facing page.

structure ':u SOH. to find the change in internal energy for the reaction. T2 2800 0 G ST A0 K/ G
Strategize, FIND: AE,,
Solve, Check”) STRATEGIZE The conceptual plan has three parts_ In the first part, | CONCEPTUAL PLAN @ Many problems
. . s¢ the temperature change and the heat capacity of the .
provides you with e B I 2 T — ) are solved with a
a framework for e = g AT conceptual plan that
analyzing and provides a visual outline
. In the second part, use g 10 et gp, (which just involves chang- .
solving problems. ing the sign). Since the bomb calarimeter ensursi consiant vol- L e of the steps leading from
UME, pyy 15 equivalent 1o AE,,, for the amount of sucrose burned ey R T ) the given information to
o the solution.

In the third par, divide g, by the number of moles of sucrose to | AE, -
get AE,, per mole of sucrose, mol Cj2H0y

RELATIONSHIPS USED
Pead = r“..I X AT = e

molar mass Cy:Hx0), = 342.3 gimol
SOWVE Gather the necessary quantities in the cormect units and SOLUTION
suthstitute these into the equation 1o calculate gy, AT=T,-T,
2833°C — 2492°C = 3.41°C e— The right column

o = Con % AT shows the

i 4_.,{..__55__ % 5415 = 16710 implementation of the
Find g, by 1aking the negative of gy Yo Feal 16Tk 51‘395 GXD|EII ned in thE

o [ e left column.

Find AE,,, per mole of sucrose by dividing g,,, by the number of | A

| . ~
: : mol € zHuO),
males of sucrose (caleulated from the given mass of sucrose and s

—16.7 kJ
its molar mass). =

1010 .C g0y x 01 CubnOyy
TREETE S 33 gl s,
-5.66 % 107 kifmol C):Hy 0y
CHECK The units of the answer (k1) are comect for a change in intemal energy. The
sign of AE,_ is negative, as it should be for a combustion reaction that gives off energy.
Every Worked ————® ForPRAcTICE 6.5
When 1.550 g of liquid hexane (CgH,; ) undergoes combustion in a bomb calorime-

Exa mple IS ter. the temperature rises from 25.87 °C 1o 38.13 °C. Find AE,, for the reaction
followed by “For klimol hexane. The heat capacity of the bomb calorimeter, determined in a separate
Practice” Problems experiment, is 5.73 kIFC

FOR MORE PRACTICE 6.5
that you can try to “The combustion of toluene has a AE.y, of —3.91 % 10° klfmol, When 1.55 g of tolu-
solve on your own. ene (CyHy) undergoes combustion in a bomb calori » the temy rises from

23.12 °C 10 37.57 °C. Find the heat capacity of the bomb calorimeter.

Answers to "For
Practice” Problems
are in Appendix IV.



Interactive Worked Examples

Four Ways for Students to Access Digital Worked Examples!

¢ Via QR code on the back cover of your textbook
e Located in the Study Area in MasteringChemistry®

® |nstructors can access these via the Instructor Resource DVD
(IR-DVD) and Instructor Resource Center for in-class use
(www.pearsonhighered.com/irc)

* Via links within the eText

Example |9 Unit Conversions Involving Units Raised to a Fower 2
L — mL — ccm? — ind

I mL | em? (Il ny?
103 L | mL (254 em)?

| rii | crn? X (NDE

5T0 L X S = i
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Scan this QR code (located on
the back cover of the textbook)
with your smartphone t £ss
the Digital Worked Examples.




A Consistent Problem-solving Strategy

A consistent approach to problem solving is used throughout
the book and helps students understand the logic and purpose
of each step in the problem-solving process.

Three-Column Example

Problem-solving ——s PROCEDURE FOR...
Procedure Boxes
for important
categories of
problems enable
you to see how the
same reasoning
applies to different
problems.

Predicting Molecular
Geometries

1. Draw the Lewis structure for the
molecule.

The general ———=
procedure is

shown in the left
column.

2. Determine the total number of
electron groups around the central
atom. Lone pairs, single bonds,
double bonds, triple bonds, and single
electrons each count as one group.

. Determine the number of bonding
groups and the number of lone
pairs around the central atom.
These should sum to your result from
step 2. Bonding groups include single
bonds, double bonds, and triple
bonds.

e

Refer to Table 10.1 to determine the
electron geometry and molecular
geometry. If no lone pairs are

present around the central atom, the
bond angles will be that of the ideal
geometry. If lone pairs are present, the
bond angles may be smaller than the
ideal geometry.

=

EXAMPLE 10.2

>

Predicting

Molecular

Geometries

Predict the geometry and bond

angles of PCly.
& 3

PCI; has 26 valence electrons

The central atom (P) has four

clectron groups.

HeH

Cl:

iCi—p-
Lone pair —/

Three of the four electron groups
around P are bonding groups and
one is a lone pair.

The electron geometry is tetrahedral
(four electron groups) and the
molecular geometry—the shape of
the molecule—is trigonal pyramidal
(three bond roups and one lone
i f the presence of a
lone pair, the bond angles are less
than 109.5°.

O

<109.5"

Trigonal pyramidal

FOR PRACTICE 10.2

Predict the molecular geometry and
bond angle of CINO.

EXAMPLE 10.3

*— Two Worked

Predicting Molecular Examples, side by

Geometries side, make it easy to
Predict the geometry and bond angles see how differences
of ICI, .

are handled.

IC1; has 36 valence electrons.

groups,

Lone pairs

:Cl:
\l/ .
- { -Gk

e

Four of the six electron groups around
I are bonding groups and two are
lone pairs,

The electron geometry is octahedral
(six electron groups) and the molecular
geometry—the shape of the molecule—
is sguare planar (four bonding groups
and two lone pairs). Even though lone
pairs are present, the bond angles

are 90° because the lone pairs are
symmetrically arranged and do not
compress the [—C1 bond angles.

Square planar

FOR PRACTICE 10.3
Predict the molecular geometry of 1y .



Conceptual Connections are strategically
placed to reinforce conceptual understanding
of the most complex concepts.

Each chapter includes several
EUHCEBQKP Conceptual Connections, in which
nection 1.3 chemical and Physical Changes students are asked to think about
The dm“mm on the left represents liquid water molecules in a pan. Which of the three concepts and solve problems without
diagrams (a, b or ¢) best represents the water molecules after they have been vaporized by doing any math.

the boiling of liquid water?

Q &
23 e ¥
»)

o | @ @ o ¢

| Cuncept(\ )

C[IIlI]EiZtIDI'I 4.1 stoichiometry
Under certain conditions sodium can react with oxygen to form sodium oxide according
. to the reaction:
. 4 Na(s) + 0,(g) — 2 NayO(s)

. A flask contains the amount of oxygen represented by the diagram at left.
Which image below best represents the amount of sodium required to completely
react with all of the oxygen in the flask according to the equation?

(d)

Cunceptr L)

Comnection 5.5 pressure and Number of Moles

Nitrogen and hydrogen react to form ammonia according to the following equation:
Na(g) + 3 Hi(g) == 2 NHilg)

Consider the following representations of the initial mixture of reactants and the resulting
mixture after the reaction has been allowed to react for some time:

NEW! Approximately 50
Conceptual Connections have
been added, including many that
involve visualization and drawing.

If the volume is kept constant, and nothing is added to the reaction mixture, what
happens to the total pressure during the course of the reaction?
(a) the pressure increases
(b) the pressure decreases
(¢) the pressure does not change



Visualizing and Understanding Chemistry

With Chemistry: A Molecular Approach, Tro introduced his revolutionary multipart
images that include macroscopic, molecular, and symbolic perspectives with the
goal of connecting you to what you see and experience (the macroscopic world)
with the molecules responsible for that world (molecular) and with the way chemists
represent those molecules (symbolic). This is, after all, what chemistry is all about.

Annotated Molecular Art

Oxidation-Reduction Reaction

P FIGURE 4.22 Oxidation-Reduction 3 “
Reaction The hydrogen in the balloon 2Hy(g) + Oy(g) —> 2 H,0(g)
reacts with oxygen upon ignition to

form gaseous water (which is L Hydrogen and oxygen react to form gaseous water.

dispersed in the flame).

wJ 0;

o’ 5%
Lo va 9
wies eYe

2H)g + Op)

2 H,0(g)

Many illustrations have three parts: what

you can see with your eyes (macroscopic)
what the molecules are doing (molecular)
and how chemists represent the process

with equations (symbolic).



The end-of-chapter review section helps you study the chapter’s concepts
and skills in a systematic way that is ideal for test preparation.

CHAPTER IN REVIEW

Self Assessment Quiz

QL. pnpomnd o yoxi et 10 b schebie b octane
H by CHr o HO d) NHy
QL An aquoces salution is sabwrated in both potassium chlorase a B/mol Bl 388 g/mol
and carbon diotide pan €1 293 10 gimol d) 147 g/mol
Q1L The cashalpy of sobution for NaOH ks —44.46 LI fmod
&) e all of e potassium chioride
carbon dioxide remain diswcdved in sodation. B A ) > LA
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ol with purs oxypen s o & pressure of 758 masHy €1 W) = A o
: 2 d} Nome of the sbove {nothing can be concluded sbout the
aw oot for oxypen gas is 1334 10 M /atm ) relative magnisdes )
a 157g 651070 o 004g
o 3 2
Calculate the van't Hoff factor (1) for MX; o this
t concentration
a) 262 a) 28 b) 83 € 073 010
Q5 A solstion contssm 224 g glucose (CoHy L) dissolved Q14 A solution is an equinols mixiure of two volatile
0,500 L of waser, What is the molality of the solution? components A and B Pure A has  vapor peessure of
i Assume & density of 100 g/fmL for water.} T
A 028w b} HEw 0249w d) 403 m
06 NaNO, by mass snd has o
e molarity of the solution.
M Bl IZEM  ch GETM @) 150M ¢ b0 those between particles o
. Dxtcrmming the vapor presse: of an aqucous cthylenc glyool betwocn partaches of B)Y
= (M niges _w_.._. mass ":I. ) The imsermolecalar forces betwoen particles A snd B
vepor preasire of pure waer o 23 °C s 238 by sre mraler thas those between particles of A and those

a) 352 b 22700m o Lidton d) 203 o

I, both of which are volatile. The mole fracsion of sanaance

Ais (135, AL X2 °C the of purc A s 57 meng

and the vapes pre g, What i the
i erperuse T

o 110 mmig ) 309 mmblg

€ 993 mmilg dp TR mmblg

Q9. What mass of ghucoss (CoH 20y sboubd be dissolved

A 0023kg By Alkg o Odlkg )
QIB. Which of these agecous solathons has the bighest

poin?

a) 125 M CH, 20,

Bl 125 M KNO,

€ 125 M CaNOy),

d) Nome of the above (they all have the same boiliag pole)

@ P WAL T BT (e W R L e 0 e P T ) samsay

End-of-Chapter Review

® KeyTerms list all of the chapter’s boldfaced terms,
organized by section in order of appearance, with
page references. Definitions are found in the Glossary.

® The Key Concepts section summarizes the chapter's
most important ideas.

® The Key Equations and Relationships section lists
each of the key equations and important guantitative
relationships from the chapter.

® NEW! Key Learning Objectives list the concepts that
you should know after reading the chapter and are
linked to in-chapter and end-of-chapter examples that
show mastery of those skills.

NEW! Chapter Self Assessment Quiz at
the end of each chapter consists of 10-15
multiple-choice questions that are similar to
those on other standardized exams and will
also be assignable in MasteringChemistry.

Key Learning Outcomes

MNEW! Learning Outcomes have been added at the
chapter level and are also emphasized graphically.
These goals correlate with the end-of-chapter
problems in the text and in MasteringChemistry®

Chapter Objectives

Using VSEPR Theory to Predict the
Basic Shapes of Molecules (10.2) W—o

180°

Predicting Malecular Geometries Using VSEPR Thecry and

the Effects of Lone Pairs (10.4)
Predicting the Shapes of Larger Molecules (10.4)

Using Molecular Shape to Determine
Polarity of a Molecule (10.5) (
i

Writing Hybeidization and Bonding Schemes Using
Valence Bond Theory (10.7)

Drawing Maolecular Orbital Diagrams

to Predict Bond Order and
Magnetism of a Diatomic
Molecule (10.8)

[-R#% 9
-

Assessment

Example 10,1 For Practice 10,1 Exercises 31-32

Examples 10.2-103  For Practice 102103 Exercises 35-36

Example 104 For Practice 10,4  Exerciscs 41-42, 4546

Example 105 For Practice 105 Exercises 49-52

Examples 10.6-10.8  For Practice 10.6-10.8
For More Practice 108 Exercises 61-66

9-10.11  For Practice 10.9-10.11
ice 10L10  Exercises 71-72, 75-78, 81-82
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Chemistry® for Students

www.masteringchemistry.com

MasteringChemistry tutorials guide students through the most challenging
topics while helping them make connections between related chemical concepts.
Immediate feedback and tutorial assistance help students understand and master
concepts and skills in chemistry—allowing them to retain more knowledge and
perform better in this course and beyond.

Chemistry® Aembernoer | CoctsMaoeost | Unerbsnecer |tk | LoeoOu

ringChemistry

The Bohr Equation
Part A

The electron from a hydrogen atom drops from an How much eneegy does the electron have initially in the n=4 sxcited state?
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MasteringChemistry is the only system to provide
instantaneous feedback specific to the most common
wrong answers. Students can submit an answer and i
receive immediate, errorspecific feedback. Simpler
sub-problems—hints—are provided upon request.

Math Remediation links found in selected tutorials MasteringChemistry”
launch algorithmically generated math exercises that + Reaction Fistes
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mastery of math skills. Math Remediation exercises
provide additional practice and free up class and
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MasteringChemistry brings chemistry to life by
illustrating key topics in general chemistry.

What will happen when we place a
silver wire into a Cu(NO3); solution?

Tha sitvar wira will bo reduced by the coppar

nitrate solufion.

MasteringChemistry*
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NEW! 15 Pause and Predict Video Quizzes
ask students to predict the outcome of
experiments and demonstrations as they
watch the videos; a set of multiple-choice
questions challenges students to apply the
concepts from the video to related scenarios.
These videos are also available in web and
mobile-friendly formats through the Study
Area of MasteringChemistry and in the
Pearson eText.

NEW! 15 Simulations, assignable in
MasteringChemistry, include those

developed by the PhET Chemistry Group,
and the leading authors in the simulation
development covering some of the most

difficult chemistry concepts.




Chemistry® for Instructors
www.masteringchemistry.com

The Mastering platform was developed by scientists for science students
and instructors. Mastering has been refined from data-driven insights derived
from over a decade of real-world use by faculty and students.
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Matter, Measurement,
and Problem Solving

The most incomprehensible thing about the universe is that it

is comprehensible.
—Albert Einstein (1879-1955)

1.1 Atoms and Molecules 1

1.2 The Scientific Approach to Knowledge 3

1.3 The Classification of Matter 5

1.4 Physical and Chemical Changes and Physical and Chemical Properties 9
1.5 Energy: A Fundamental Part of Physical and Chemical Change 12

1.6 The Units of Measurement 13

1.7 The Reliability of a Measurement 20

1.8 Solving Chemical Problems 27

Key Learning Outcomes 36

course, many possible answers to this question—some practical, some philosophical, and

some scientific. If we limit ourselves only to scientific answers, mine would be this:
the properties of matter are determined by the properties of atoms and molecules. Atoms
and molecules determine how matter behaves—if they were different, matter would be different.
The properties of water molecules determine how water behaves, the properties of sugar
molecules determine how sugar behaves, and the properties of the molecules that compose our
bodies determine how our bodies behave. The understanding of matter at the molecular level
gives us unprecedented control over that matter. For example, our understanding of the details of
the molecules that compose living organisms has revolutionized biology over the last 50 years.

WHAT DO YOU THINK is the most important idea in all of human knowledge? There are, of



Hemoglobin (depicted in blue and green) is the oxygen-carrying protein in blood. Hemoglobin normally binds oxygen,
but it can also bind carbon monoxide molecules (the linked red and black spheres).

1.1 Atoms and Molecules

The air over most U.S. cities, including my own, contains at least some pollution. A
significant component of that pollution is carbon monoxide, a colorless gas emitted in
the exhaust of cars and trucks. Carbon monoxide gas is composed of carbon monoxide
molecules, each of which contains a carbon atom and an oxygen atom held together by
a chemical bond. Atoms are the submicroscopic particles that constitute the fundamen-
tal building blocks of ordinary matter. Free atoms are rare in nature; instead they bind
together in specific geometrical arrangements to form molecules.

The properties of the substances around us depend on the atoms and molecules that
compose the substances, so the properties of carbon monoxide gas depend on the proper-
ties of carbon monoxide molecules. Carbon monoxide molecules happen to be just the
right size and shape, and happen to have just the right chemical properties, to fit neatly
into cavities within hemoglobin molecules in blood that normally carry oxygen mole-
cules (Figure 1.1»). Consequently, carbon monoxide diminishes the oxygen-carrying
capacity of blood. Breathing air containing too much carbon monoxide (greater than
0.04% by volume) can lead to unconsciousness and even death because not enough

Carbon monoxide molecule

Carbon Oxygen
atom atom



2 Chapter 1  Matter, Measurement, and Problem Solving

Carbon monoxide can bind
to the site on hemoglobin
that normally carries oxygen.

Hemoglobin, the oxygen-carrying
molecule in red blood cells

A FIGURE 1.1 Binding of Oxygen and Carbon Monoxide to Hemoglobin Hemoglobin, a large protein
molecule, is the oxygen carrier in red blood cells. Each subunit of the hemoglobin molecule contains
an iron atom to which oxygen binds. Carbon monoxide molecules can take the place of oxygen, thus
reducing the amount of oxygen reaching the body’s tissues.

oxygen reaches the brain. Carbon monoxide deaths can occur as a result of running an
automobile in a closed garage or using a propane burner in an enclosed space for too
long. In smaller amounts, carbon monoxide causes the heart and lungs to work harder

Carbon dioxide molecule and can result in headaches, dizziness, weakness, and confusion.
Oxygen Oxygen Cars and.t.rucks emit another closs:ly related mole.cule, called carbon d10x1de,-1n far
atom atom greater quantities than carbon monoxide. The only difference between carbon dioxide

and carbon monoxide is that carbon dioxide molecules contain two oxygen atoms instead
of just one. However, this extra oxygen atom dramatically affects the properties of the
gas. We breathe much more carbon dioxide—which composes 0.04% of air, and is a
product of our own respiration as well—than carbon monoxide, yet it does not kill us.
Why? Because the presence of the second oxygen atom prevents carbon dioxide from
Carbon binding to the oxygen-carrying site in hemoglobin, making it far less toxic. Although
atom high levels of carbon dioxide (greater than 10% of air) can be hazardous for other rea-
sons, lower levels can enter the bloodstream with no adverse effects. Such is the molecu-
lar world. Any differences between molecules—such as the extra oxygen atom in carbon
monoxide—results in differences between the substances that the molecules compose.
As another example, consider two other closely related molecules, water and hydro-
gen peroxide:

Water molecule Hydrogen peroxide molecule

Oxygen

Oxygen
atoms

atom

In the study of chemistry, atoms are often
portrayed as colored spheres, with each
color representing a different kind of atom.
For example, a black sphere represents a
carhon atom, a red sphere represents an
oxygen atom, and a white sphere represents
a hydrogen atom. For a complete color code
of atoms, see Appendix lIA.

Hydrogen Hydrogen
atoms atoms

A water molecule is composed of one oxygen atom and two hydrogen atoms. A hydrogen

peroxide molecule is composed of fwo oxygen atoms and two hydrogen atoms. This

seemingly small molecular difference results in a huge difference in the properties of

water and hydrogen peroxide. Water is the familiar and stable liquid we all drink and

bathe in. Hydrogen peroxide, in contrast, is an unstable liquid that, in its pure form,

burns the skin on contact and is used in rocket fuel. When you pour water onto your
The hydragen peroxide we use as hair, your hair simply becomes wet. However, if you put diluted hydrogen peroxide on
an antiseptic or bleaching agent is your hair—which you may have done if you have ever bleached your hair—a chemical
considerably diluted. reaction occurs that strips your hair of its color.
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The details of how specific atoms bond to form a molecule—in a straight line, at a
particular angle, in a ring, or in some other pattern—as well as the type of atoms in the
molecule, determine everything about the substance that the molecule composes. If we
want to understand the substances around us, we must understand the atoms and mole-
cules that compose them—this is the central goal of chemistry. A good simple definition
of chemistry is

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

1.2 The Scientific Approach to Knowledge

Throughout history, humans have approached knowledge about the physical world in dif-
ferent ways. For example, the Greek philosopher Plato (427-347 B.c.) thought that the best
way to learn about reality was not through the senses, but through reason. He believed that
the physical world was an imperfect representation of a perfect and transcendent world (a
world beyond space and time). For him, true knowledge came not through observing the
real physical world, but through reasoning and thinking about the ideal one.

The scientific approach to knowledge, however, is exactly the opposite of Plato’s.
Scientific knowledge is empirical—it is based on observation and experiment. Scientists
observe and perform experiments on the physical world to learn about it. Some observa-
tions and experiments are qualitative (noting or describing how a process happens), but
many are quantitative (measuring or quantifying something about the process). For
example, Antoine Lavoisier (1743—1794), a French chemist who studied combustion (or
burning), made careful measurements of the mass of objects before and after burning
them in closed containers. He noticed that there was no change in the total mass of mate-
rial within the container during combustion. In doing so, Lavoisier made an important
observation about the physical world.

Observations often lead scientists to formulate a hypothesis, a tentative interpreta-
tion or explanation of the observations. For example, Lavoisier explained his observa-
tions on combustion by hypothesizing that when a substance burns, it combines with a
component of air. A good hypothesis is falsifiable, which means that it makes predictions
that can be confirmed or refuted by further observations. Scientists test hypotheses by
experiments, highly controlled procedures designed to generate observations that may
confirm or refute a hypothesis. The results of an experiment may support a hypothesis or
prove it wrong—in which case the scientist must modify or discard the hypothesis.

In some cases, a series of similar observations leads to the development of a
scientific law, a brief statement that summarizes past observations and predicts future
ones. Lavoisier summarized his observations on combustion with the law of conservation
of mass, which states, “In a chemical reaction, matter is neither created nor destroyed.”
This statement summarized his observations on chemical reactions and predicted the
outcome of future observations on reactions. Laws, like hypotheses, are also subject to
experiments, which can support them or prove them wrong.

Scientific laws are not laws in the same sense as civil or governmental laws. Nature
does not follow laws in the way that we obey the laws against speeding or running a stop
sign. Rather, scientific laws describe how nature behaves—they are generalizations
about what nature does. For that reason, some people find it more appropriate to refer to
them as principles rather than laws.

One or more well-established hypotheses may form the basis for a scientific theory.
A scientific theory is a model for the way nature is and tries to explain not merely what
nature does but why. As such, well-established theories are the pinnacle of scientific
knowledge, often predicting behavior far beyond the observations or laws from which
they were developed. A good example of a theory is the atomic theory proposed by
English chemist John Dalton (1766—1844). Dalton explained the law of conservation of
mass, as well as other laws and observations of the time, by proposing that matter is
composed of small, indestructible particles called atoms. Since these particles are merely
rearranged in chemical changes (and not created or destroyed), the total amount of mass
remains the same. Dalton’s theory is a model for the physical world—it gives us insight
into how nature works and, therefore, explains our laws and observations.

The term atoms in this definition can he
interpreted loosely to include atoms that
have lost or gained electrons.

Although some Greek philosophers, such
as Aristotle, did use observation to attain
knowledge, they did not emphasize experi-
ment and measurement to the extent that
modern science does.

A A painting of the French chemist
Antoine Lavoisier with his wife,
Marie, who helped him in his work by
illustrating his experiments and trans-
lating scientific articles from English.
Lavoisier, who also made significant
contributions to agriculture, industry,
education, and government administra-
tion, was executed during the French
Revolution. (The Metropolitan
Museum of Art)

In Dalton’s time, people thought atoms were
indestructible. Today, because of nuclear
reactions, we know that atoms can he broken
apart into their smaller components.
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The Scientific Method

l Observations JI
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Confirm

(or revise law) ( Law
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A FIGURE 1.2 The Scientific Approach to Knowledge

Finally, the scientific approach returns to observation to test theories. For example,
scientists can test the atomic theory by trying to isolate single atoms or by trying to
image them (both of which, by the way, have already been accomplished). Theories are
validated by experiments; however, theories can never be conclusively proven because
some new observation or experiment always has the potential to reveal a flaw. Notice
that the scientific approach to knowledge begins with observation and ends with observa-
tion. An experiment is in essence a highly controlled procedure for generating critical
observations designed to test a theory or hypothesis. Each new set of observations has
the potential to refine the original model. Figure 1.2 A summarizes one way to map the
scientific approach to knowledge. Scientific laws, hypotheses, and theories are all sub-
ject to continued experimentation. If a law, hypothesis, or theory is proved wrong by an
experiment, it must be revised and tested with new experiments. Over time, the scientific
community eliminates or corrects poor theories and laws, and valid theories and laws—
those consistent with experimental results—remain.

Established theories with strong experimental support are the most powerful pieces
of scientific knowledge. You may have heard the phrase “That is just a theory,” as if
theories are easily dismissible. Such a statement reveals a deep misunderstanding of the
nature of a scientific theory. Well-established theories are as close to truth as we get in
science. The idea that all matter is made of atoms is “just a theory,” but it has over
200 years of experimental evidence to support it. It is a powerful piece of scientific
knowledge on which many other scientific ideas have been built.

One last word about the scientific approach to knowledge: some people wrongly
imagine science to be a strict set of rules and procedures that automatically lead to inar-
guable, objective facts. This is not the case. Even our diagram of the scientific approach
to knowledge is only an idealization of real science, useful to help us see the key distinc-
tions of science. Real science requires hard work, care, creativity, and even a bit of luck.
Scientific theories do not just arise out of data—men and women of great genius and
creativity craft theories. A great theory is not unlike a master painting, and many see a
similar kind of beauty in both. (For more on this aspect of science, see the box entitled
Thomas S. Kuhn and Scientific Revolutions.)

c"“c‘*pt@al?nection 1.1 Laws and Theories

Which statement best explains the difference between a law and a theory?

(a) A law is truth; a theory is mere speculation.

(b) A law summarizes a series of related observations; a theory gives the underlying
reasons for them.

(¢) A theory describes what nature does; a law describes why nature does it.
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Thomas S. Kuhn and Scientific Revolutions

hen scientists talk about science, they often talk in ways that

imply that their theories are “true.” Further, they talk as if they
arrive at theories in logical and unbiased ways. For example, a
theory central to chemistry that we have discussed in this chapter
is John Dalton’s atomic theory—the idea that all matter is com-
posed of atoms. Is this theory “true”? Was it reached in logical,
unbiased ways? Will this theory still be around in 200 years?

The answers to these questions depend on how we view sci-
ence and its development. One way to view science—Ilet’s call
it the traditional view—is as the continual accumulation of
knowledge and the building of increasingly precise theories. In
this view, a scientific theory is a model of the world that reflects
what is actually in nature. New observations and experiments
result in gradual adjustments to theories. Over time, theories get
better, giving us a more accurate picture of the physical world.

In the twentieth century, a different view of scientific
knowledge began to develop. A book by Thomas Kuhn,
published in 1964 and entitled The Structure of Scientific
Revolutions, challenged the traditional view. Kuhn’s ideas
came from his study of the history of science, which, he
argued, does not support the idea that science progresses in a

smooth cumulative way. According to Kuhn, science goes
through fairly quiet periods that he called normal science. In
these periods, scientists make their data fit the reigning theory,
or paradigm. Small inconsistencies are swept aside during
periods of normal science. However, when too many inconsis-
tencies and anomalies develop, a crisis emerges. The crisis
brings about a revolution and a new reigning theory. Accord-
ing to Kuhn, the new theory is usually quite different from the

old one; it not only helps us to make sense of new or
anomalous information, but also enables us to see
accumulated data from the past in a dramatically new way.
Kuhn further contended that theories are held for reasons that
are not always logical or unbiased, and that theories are not true
models—in the sense of a one-to-one mapping—of the physical
world. Because new theories are often so different from the ones
they replace, he argued, and because old theories always make
good sense to those holding them, they must not be “True” with
a capital T; otherwise “truth” would be constantly changing.
Kuhn’s ideas created a controversy among scientists and
science historians that continues to this day. Some, especially
postmodern philosophers of science, have taken Kuhn’s ideas
one step further. They argue that scientific knowledge is
completely biased and lacks any objectivity. Most scientists,
including Kuhn, would disagree. Although Kuhn pointed out
that scientific knowledge has arbitrary elements, he also said,
“Observation ... can and must drastically restrict the range of
admissible scientific belief, else there would be no science.” In
other words, saying that science contains arbitrary elements is
quite different from saying that science itself is arbitrary.

Question

In his book, Kuhn stated, “A new theory ... is seldom or never
Jjust an increment to what is already known.” Can you think of
any examples that support Kuhn’s statement from your
knowledge of the history of science? Do you know of any
instances in which a new theory or model was drastically
different from the one it replaced?

1.3 The Classification of Matter

Matter is anything that occupies space and has mass. This book, your desk, your chair,
and even your body are all composed of matter. Less obviously, the air around you is also
matter—it too occupies space and has mass. We call a specific instance of matter—such
as air, water, or sand—a substance. We can classify matter according to its state (its
physical form) and its composition (the basic components that make it up).

The States of Matter: Solid, Liquid, and Gas

Matter can exist in three different states: solid, liquid, and gas. In solid matter, atoms or
molecules pack close to each other in fixed locations. Although the atoms and molecules
in a solid vibrate, they do not move around or past each other. Consequently, a solid has a
fixed volume and rigid shape. Ice, aluminum, and diamond are good examples of solids.
Solid matter may be crystalline, in which case its atoms or molecules are in patterns
with long-range, repeating order (Figure 1.3»), or it may be amorphous, in which case
its atoms or molecules do not have any long-range order. Table salt and diamond are
examples of crystalline solids; the well-ordered geometric shapes of salt and diamond
crystals reflect the well-ordered geometric arrangement of their atoms (although this is
not the case for all crystalline solids). Examples of amorphous solids include glass and
plastic. In liguid matter, atoms or molecules pack about as closely as they do in solid

The state of matter changes from solid to
liquid to gas with increasing temperature.

Glass and other amorphous solids can

be thought of, from one point of view, as
intermediate hetween solids and liquids.
Their atoms are fixed in position at room
temperature, but they have no long-range
structure and do not have distinct
melting points.
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P> In a solid, the atoms or molecules
are fixed in place and can only vibrate.
In a liquid, although the atoms or mol-
ecules are closely packed, they can
move past one another, allowing the
liquid to flow and assume the shape of
its container. In a gas, the atoms or
molecules are widely spaced, making
gases compressible as well as fluid
(able to flow).

Crystalline Solid:
Regular
three-dimensional pattern

Diamond
C (s, diamond)

A FIGURE 1.3 Crystalline Solid
Diamond is a crystalline solid
composed of carbon atoms arranged in
a regular, repeating pattern.

P> FIGURE 1.4 The Compressibility of
Gases Gases can be compressed—
squeezed into a smaller volume—
because there is so much empty space
between atoms or molecules in the
gaseous state.

Solid matter Liquid matter

matter, but they are free to move relative to each other, giving liquids a fixed volume but
not a fixed shape. Liquids assume the shape of their container. Water, alcohol, and gaso-
line are all substances that are liquids at room temperature.

In gaseous matter, atoms or molecules have a lot of space between them and are free
to move relative to one another, making gases compressible (Figure 1.4v). When you
squeeze a balloon or sit down on an air mattress, you force the atoms and molecules into
a smaller space so that they are closer together. Gases always assume the shape and
volume of their container. Substances that are gases at room temperature include helium,
nitrogen (the main component of air), and carbon dioxide.

Solid—not compressible Gas—compressible



Classifying Matter according to Its Composition: Elements,

Compounds, and Mixtures
In addition to classifying matter according to its state, we can classify it according to its
composition, as shown in the following chart:

Variabl ition?
Nof— ariable composition —NYes

1.3 The Classification of Matter

Separable into simpler

EolNc—

Helium Pure water Wet sand

The first division in the classification of matter is between a pure substance and a
mixture. A pure substance is made up of only one component and its composition is
invariant (it does not vary from one sample to another). The components of a pure sub-
stance can be individual atoms or groups of atoms joined together. For example, helium,
water, and table salt (sodium chloride) are all pure substances. Each of these substances
is made up of only one component: helium is made up of helium atoms, water is made up
of water molecules, and sodium chloride is made up of sodium chloride units. The com-
position of a pure sample of any one of these is always exactly the same (because you
can’t vary the composition of a substance made up of only one component).

A mixture, by contrast, is composed of two or more components in proportions that
can vary from one sample to another. For example, sweetened tea, composed primarily of
water molecules and sugar molecules (with a few other substances mixed in), is a mixture.
We can make tea slightly sweet (a small proportion of sugar to water) or very sweet
(a large proportion of sugar to water) or any level of sweetness in between.

We can categorize pure substances themselves into two types—elements and
compounds—depending on whether or not they can be broken down (or decomposed)
into simpler substances. Helium, which we just noted is a pure substance, is also a good
example of an element, a substance that cannot be chemically broken down into simpler
substances. Water, also a pure substance, is a good example of a compound, a substance
composed of two or more elements (in this case hydrogen and oxygen) in a fixed, definite
proportion. On Earth, compounds are more common than pure elements because most
elements combine with other elements to form compounds.

We can also categorize mixtures into two types—heterogeneous and homogeneous—
depending on how uniformly the substances within them mix. Wet sand is a heterogeneous
mixture, one in which the composition varies from one region of the mixture to another.

i ?
substances? _NYes Nof_ Uniform throughout? tes

Tea with sugar

7
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V FIGURE 1.5 Separating Substances

by Distillation When a liquid mixture is
heated, the component with the lowest

boiling point vaporizes first, leaving

behind less volatile liquids or dissolved

solids. The vapor is then cooled,
condensing it back to a liquid,
and collected.

Distillation

Sweetened tea is a homogeneous mixture, one with the same composition throughout.
Homogeneous mixtures have uniform compositions because the atoms or molecules that
compose them mix uniformly. Heterogeneous mixtures are made up of distinct regions
because the atoms or molecules that compose them separate. Here again we see that the
properties of matter are determined by the atoms or molecules that compose it.

Classifying a substance according to its composition is not always obvious and
requires that we either know the true composition of the substance or are able to test it in
a laboratory. For now, we will focus on relatively common substances that you are likely
to have encountered. Throughout this course, you will gain the knowledge to understand
the composition of a larger variety of substances.

Conce 1@{? :
P N Connection 1.2 Pure Substances and Mixtures

Let a small circle represent an atom of one type of element and a small square represent at
atom of a second type of element. Make a drawing of (a) a pure substance (a compound)
composed of the two elements (in a one-to-one ratio), (b) a homogenous mixture com-
posed of the two elements, and (c) a heterogeneous mixture composed of the two elements.

Separating Mixtures

Chemists often want to separate a mixture into its components. Such separations can be
easy or difficult, depending on the components in the mixture. In general, mixtures are
separable because the different components have different physical or chemical prop-
erties. We can use various techniques that exploit these differences to achieve separa-
tion. For example, we can separate a mixture of sand and water by decanting—carefully
pouring off—the water into another container. A homogeneous mixture of liquids can
usually be separated by distillation, a process in which the mixture is heated to boil off
the more volatile (easily vaporizable) liquid. The volatile liquid is then recondensed in a
condenser and collected in a separate flask (Figure 1.5 v). If a mixture is composed of an
insoluble solid and a liquid, we can separate the two by filtration, in which the mixture
is poured through filter paper in a funnel (Figure 1.6 v).

V FIGURE 1.6 Separating Substances by

Filtration A solid and liquid mixture can be

boils first.

Most volatile component

separated by pouring the mixture through a
funnel containing filter paper designed to
allow only the liquid to pass.

&£ 2 Cooling

awater out
—— Mixture of liquids

with different
boiling points

- Filtration

| Stirring rod

g
| \
Condenser | Mixture of liquid

and solid

Cooling |
water in E |

Funnel

Filter paper
traps solid.

Liquid component
passes through
and is collected.

Vapor collected
as pure liquid
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1.4 Physical and Chemical Changes and
Physical and Chemical Properties

Every day we witness changes in matter: ice melts, iron rusts, gasoline burns, fruit
ripens, and water evaporates. What happens to the molecules or atoms that compose
these samples of matter during such changes? The answer depends on the type
of change. Changes that alter only state or appearance, but not composition, are
physical changes. The atoms or molecules that compose a substance do not change
their identity during a physical change. For example, when water boils, it changes its
state from a liquid to a gas, but the gas remains composed of water molecules, so this
is a physical change (Figure 1.7 v).

In contrast, changes that alter the composition of matter are chemical changes.
During a chemical change, atoms rearrange, transforming the original substances into
different substances. For example, the rusting of iron is a chemical change. The atoms
that compose iron (iron atoms) combine with oxygen molecules from air to form iron
oxide, the orange substance we call rust (Figure 1.8 v). Some other examples of physical
and chemical changes are shown in Figure 1.9».

Physical and chemical changes are manifestations of physical and chemical
properties. A physical property is a property that a substance displays without
changing its composition, whereas a chemical property is a property that a sub-
stance displays only by changing its composition via a chemical change. The smell
of gasoline is a physical property—gasoline does not change its composition when
it exhibits its odor. The flammability of gasoline, in contrast, is a chemical
property—gasoline does change its composition when it burns, turning into com-
pletely new substances (primarily carbon dioxide and water). Physical properties
include odor, taste, color, appearance, melting point, boiling point, and density.
Chemical properties include corrosiveness, flammability, acidity, toxicity, and other
such characteristics.

Water molecules change from liquid
to gaseous state: physical change.

A FIGURE 1.7 Boiling, a Physical Change When water boils, it turns into a gas but does not alter its
chemical identity—the water molecules are the same in both the liquid and gaseous states. Boiling is
thus a physical change, and the boiling point of water is a physical property.

A physical change results in a different
form of the same substance, while a
chemical change results in a completely
different substance.

In Chapter 19 we will also discuss nuclear
changes, which can involve atoms of

one element changing into atoms of a
different element.

Iron atoms

Iron oxide
(rust)

A FIGURE 1.8 Rusting, a Chemical
Change When iron rusts, the iron
atoms combine with oxygen atoms to
form a different chemical substance,
the compound iron oxide. Rusting is
therefore a chemical change, and

the tendency of iron to rust is a
chemical property.
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Physical Change versus Chemical Change

Dry ice subliming:

COy(s) —> COx(g)

Chemical composition unaltered
Physical change

Sugar dissolving:
CiaHp041(s) — > CypH,041(aq)

Chemical composition unaltered
Physical change

(b)

Propane gas burning:

CsHg(g) + 50,(9) ——
3 COy(g) + 4H,0(g)

Chemical composition altered
Chemical change

COx(g)

Gaseous carbon
dioxide

2 )

CO4(s)
Solid carbon dioxide
(dry ice)

C2H2,014(s)
Solid sugar

v

C12H,045(aq)
Dissolved sugar

CO,(g), HO(g)
Carbon dioxide and
water

2 )

C;Hg(g)
Propane

A FIGURE 1.9 Physical and Chemical Changes (a) The sublimation (the state change from a solid
to a gas) of dry ice (solid CO,) is a physical change. (b) The dissolution of sugar is a physical

change. (¢) The burning of propane is a chemical change.



1.4 Physical and Chemical Changes and Physical and Chemical Properties

The differences between physical and chemical changes are not always apparent.
Only chemical examination can confirm whether any particular change is physical or
chemical. In many cases, however, we can identify chemical and physical changes based
on what we know about the changes. Changes in the state of matter, such as melting or
boiling, or changes in the physical condition of matter, such as those that result from
cutting or crushing, are typically physical changes. Changes involving chemical
reactions—often evidenced by temperature or color changes—are chemical changes.

EXAMPLE 1.1 Physical and Chemical Changes and Properties
Determine whether each change is physical or chemical. What kind of property
(chemical or physical) is demonstrated in each case?

(a) the evaporation of rubbing alcohol

(b) the burning of lamp oil

(¢) the bleaching of hair with hydrogen peroxide

(d) the forming of frost on a cold night

SOLUTION

(a) When rubbing alcohol evaporates, it changes from liquid to gas, but it remains
alcohol—this is a physical change. The volatility (the ability to evaporate easily)
of alcohol is a therefore a physical property.

(b) Lamp oil burns because it reacts with oxygen in air to form carbon dioxide and
water—this is a chemical change. The flammability of lamp oil is therefore a
chemical property.

(¢) Applying hydrogen peroxide to hair changes pigment molecules in hair that give it
color—this is a chemical change. The susceptibility of hair to bleaching is
therefore a chemical property.

(d) Frost forms on a cold night because water vapor in air changes its state to form
solid ice—this is a physical change. The temperature at which water freezes is
therefore a physical property.

FOR PRACTICE 1.1

Determine whether each change is physical or chemical. What kind of property
(chemical or physical) is demonstrated in each case?

(a) A copper wire is hammered flat.
(b) A nickel dissolves in acid to form a blue-green solution.
(¢) Dry ice sublimes without melting.

(d) A match ignites when struck on a flint.

C""wp@@nection 1.3 chemical and Physical Changes

The diagram on the left represents liquid water molecules in a pan. Which of the three
diagrams (a, b, or c¢) best represents the water molecules after they have been vaporized by
the boiling of liquid water?

Q

Answers to For Practice and For
More Practice problems can be found
in Appendix IV.

o3

<P

@
2

2

3

)

o

c ¢®

(@)

(b)

(©)

11



12 Chapter 1

High potential

—10kg energy (unstable)

Kinetic energy

i

~ Low potential
.| energy (stable)

A FIGURE 1.10 Energy Conversions
Gravitational potential energy is
converted into kinetic energy when the
weight is dropped. The kinetic energy
is converted mostly to thermal energy
when the weight strikes the ground.

In Chapter 19 we will discuss how

energy conservation is actually part of
a more general law that allows for the
interconvertibility of mass and energy.

Matter, Measurement, and Problem Solving

1.5 Energy: A Fundamental Part of Physical
and Chemical Change

The physical and chemical changes discussed in Section 1.4 are usually accompanied by
energy changes. For example, when water evaporates from your skin (a physical change),
the water molecules absorb energy from your body, making you feel cooler. When you
burn natural gas on the stove (a chemical change), energy is released, heating the food
you are cooking. Understanding the physical and chemical changes of matter—that is,
understanding chemistry—requires that we understand energy changes and energy flow.

>

[ Force acts through distance; work is done. ]

The scientific definition of energy is the capacity to do work. Work is defined as the
action of a force through a distance. For instance, when you push a box across the floor
or pedal your bicycle across the street, you have done work.

The total energy of an object is a sum of its kinetic energy (the energy associated
with its motion) and its potential energy (the energy associated with its position or
composition). For example, a weight held several meters above the ground has poten-
tial energy due to its position within Earth’s gravitational field (Figure 1.10 <). If you
drop the weight, it accelerates, and its potential energy is converted to kinetic energy.
When the weight hits the ground, its kinetic energy is converted primarily to thermal
energy, the energy associated with the temperature of an object. Thermal energy is
actually a type of kinetic energy because it is associated with the motion of the individual
atoms or molecules that make up an object. When the weight hits the ground its kinetic
energy is essentially transferred to the atoms and molecules that compose the ground,
raising the temperature of the ground ever so slightly.

The first principle to note about how energy changes as the weight falls to the ground
is that energy is neither created nor destroyed. The potential energy of the weight
becomes kinetic energy as the weight accelerates toward the ground. The kinetic energy
then becomes thermal energy when the weight hits the ground. The total amount of
thermal energy that is released through the process is exactly equal to the initial potential
energy of the weight. The idea that energy is neither created nor destroyed is known
as the law of conservation of energy. Although energy can change from one type into
another, and although it can flow from one object to another, the total quantity of energy
does not change—it remains constant.

The second principle to note about the raised weight and its fall is the tendency of
systems with high potential energy to change in a way that lowers their potential energy.
For this reason, objects or systems with high potential energy tend to be unstable. The
weight lifted several meters from the ground is unstable because it contains a significant
amount of potential energy. Unless restrained, the weight will naturally fall, lowering its
potential energy. We can harness some of the raised weight’s potential energy to do work.
For example, we can attach the weight to a rope that turns a paddle wheel or spins a drill
as the weight falls. After the weight falls to the ground, it contains less potential energy—
it has become more stable.



Molecules in
gasoline (unstable)

Molecules in
exhaust (stable)

Some of released energy c P
harnessed to do work ar MOV

Some chemical substances are like the raised weight just described. For example,
the molecules that compose gasoline have a relatively high potential energy—energy is
concentrated in them just as energy is concentrated in the raised weight. The molecules
in the gasoline tend to undergo chemical changes (specifically combustion) that lower
their potential energy. As the energy of the molecules is released, some of it can be har-
nessed to do work, such as moving a car forward (Figure 1.11 o). The molecules that
result from the chemical change have less potential energy than the original molecules in
gasoline and are more stable.

Chemical potential energy, such as the energy contained in the molecules that com-
pose gasoline, arises primarily from electrostatic forces between the electrically charged
particles (protons and electrons) that compose atoms and molecules. We will learn more
about those particles, as well as the properties of electrical charge, in Chapter 2, but for
now, know that molecules contain specific, usually complex, arrangements of these
charged particles. Some of these arrangements—such as the one within the molecules
that compose gasoline—have a much higher potential energy than others. When gasoline
undergoes combustion the arrangement of these particles changes, creating molecules
with much lower potential energy and transferring a great deal of energy (mostly in the
form of heat) to the surroundings.

Summarizing Energy:

P Energy is always conserved in a physical or chemical change; it is neither created nor
destroyed.

P Systems with high potential energy tend to change in a direction that lowers their
potential energy, releasing energy into the surroundings.

1.6 The Units of Measurement

In 1999, NASA lost the $125 million Mars Climate Orbiter. The chairman of the commis-
sion that investigated the disaster concluded, “The root cause of the loss of the spacecraft
was a failed translation of English units into metric units.” As a result, the orbiter—which
was supposed to monitor weather on Mars—descended too far into the Martian atmo-
sphere and burned up. In chemistry as in space exploration, units—standard quantities
used to specify measurements—are critical. If we get them wrong, the consequences can
be disastrous.

The two most common unit systems are the metric system, used in most of the
world, and the English system, used in the United States. Scientists use the International
System of Units (SI), which is based on the metric system.

The Standard Units

Table 1.1 shows the standard SI base units. For now, we focus on the first four of these
units: the meter, the standard unit of length; the kilogram, the standard unit of mass; the
second, the standard unit of time; and the kelvin, the standard unit of temperature.

1.6 The Units of Measurement 13

< FIGURE 1.11 Using Chemical Energy
to Do Work The compounds produced
when gasoline burns have less
chemical potential energy than the
gasoline molecules.

A The $125 million Mars Climate
Orbiter was lost in the Martian
atmosphere in 1999 because two
groups of engineers failed to
communicate to each other the units
that they used in their calculations.

The abbreviation SI comes from the French,
Systeme International d’Unités.
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443 m

A The Empire State Building is
443 meters tall. A basketball player
stands about 2 meters tall.

The velocity of light in a vacuum is
3.00 x 10% m/s.

Scientists commonly deal with a wide range
of lengths and distances. The separation
between the sun and the closest star
(Proxima Centauri) is about 3.8 x 10 m,
while many chemical bonds measure about
1.5 x 1070m,

A A nickel (5 cents) weighs about
5 grams.

TABLE 1.1 S| Base Units

Quantity Unit Symbol
Length Meter m
Mass Kilogram kg
Time Second S
Temperature Kelvin K
Amount of substance Mole mol
Electric current Ampere A
Luminous intensity Candela cd

The Meter: A Measure of Length

The meter (m) is slightly longer than a yard (1 yard is 36 inches, while 1 meter is
39.37 inches).

T T e s Yardstick

" Meterstick

Thus, a 100-yard football field measures only 91.4 meters. The meter was originally defined
as 1/10,000,000 of the distance from the equator to the North Pole (through Paris). The Inter-
national Bureau of Weights and Measures now defines it more precisely as the distance light
travels through a vacuum in a certain period of time, 1/299,792,458 second. A tall human is
about 2 m tall and the Empire State Building stands 443 m tall (including its mast).

The Kilogram: A Measure of Mass

The kilogram (kg), defined as the mass of a metal cylinder kept at the International
Bureau of Weights and Measures at Sevres, France, is a measure of mass, a quantity
different from weight. The mass of an object is a measure of the quantity of matter within
it, while the weight of an object is a measure of the gravitational pull on its matter. If you
could weigh yourself on the moon, for example, its weaker gravity would pull on you
with less force than does Earth’s gravity, resulting in a lower weight. A 130-pound (Ib)
person on Earth would weigh only 21.5 1b on the moon. However, the person’s mass—
the quantity of matter in his or her body—remains the same on every planet. One kilo-
gram of mass is the equivalent of 2.205 Ib of weight on Earth, so if we express mass in
kilograms, a 130-1b person has a mass of approximately 59 kg and this book has a mass
of about 2.5 kg. A second common unit of mass is the gram (g). One gram is 1/1000 kg.
A nickel (5¢) has a mass of about 5 g.

co“cel’t@mection 1.4 The Mass of a Gas

We put a drop of water into a container and seal the container. The drop of water then
vaporizes. Does the mass of the sealed container and its contents change upon vaporization?

The Second: A Measure of Time

If you live in the United States, the second (s) is perhaps the most familiar SI unit. The
International Bureau of Weights and Measures originally defined the second in terms
of the day and the year, but a second is now defined more precisely as the duration of
9,192,631,770 periods of the radiation emitted from a certain transition in a cesium-133
atom. (We discuss transitions and the emission of radiation by atoms in Chapter 7.)



Scientists measure time on a large range of scales. The human heart beats about once every
second, the age of the universe is estimated to be about 4.32 X 107 (13.7 billion years),
and some molecular bonds break or form in time periods as shortas 1 X 107 s,

The Kelvin: A Measure of Temperature

The kelvin (K) is the SI unit of temperature. The temperature of a sample of matter
is a measure of the average kinetic energy—the energy due to motion—of the atoms or
molecules that compose the matter. The molecules in a kot glass of water are, on average,
moving faster than the molecules in a cold glass of water. Temperature is a measure of
this molecular motion.

Temperature also determines the direction of thermal energy transfer, or what we
commonly call heat. Thermal energy transfers from hot objects to cold ones. For exam-
ple, when you touch another person’s warm hand (and yours is cold), thermal energy
flows from his or her hand to yours, making your hand feel warmer. However, if you
touch an ice cube, thermal energy flows out of your hand to the ice, cooling your hand
(and possibly melting some of the ice cube).

Figure 1.12v shows the three common temperature scales. The most common in the
United States is the Fahrenheit (°F) scale, shown on the left in Figure 1.12. On the Fahrenheit
scale, water freezes at 32 °F and boils at 212 °F at sea level. Room temperature is approxi-
mately 72 °F. The Fahrenheit scale was originally determined by assigning O °F to the freezing
point of a concentrated saltwater solution and 96 °F to normal body temperature.

Scientists and citizens of most countries other than the United States typically use the
Celsius (°C) scale, shown in the middle. On this scale, pure water freezes at 0 °C and boils at
100 °C (at sea level). Room temperature is approximately 22 °C. The Fahrenheit scale and
the Celsius scale differ both in the size of their respective degrees and the temperature each
designates as “zero.” Both the Fahrenheit and Celsius scales allow for negative temperatures.

The SI unit for temperature, as we have seen, is the kelvin, shown on the right in
Figure 1.12. The Kelvin scale (sometimes also called the absolute scale) avoids negative
temperatures by assigning 0 K to the coldest temperature possible, absolute zero. Abso-
lute zero (—273 °C or —459 °F) is the temperature at which molecular motion virtually
stops. Lower temperatures do not exist. The size of the kelvin is identical to that of the

Temperature Scales

~ 212°F ~ 100 °C — 373K Water boils

E 180 . E 100 . E 100

— Fahrenheit — Celsius ] .

i I — kelvins

= degrees = degrees ]

~ 32°F ~ 0.00°C——~ 273K Water freezes
—459 °F —273°C 0K Absolute zero

Fahrenheit Celsius Kelvin
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Normal hody temperature was later measured
more accurately to be 98.6 °F.

Molecular motion does not completely stop
at absolute zero because of the uncertainty
principle in quantum mechanics, which we
discuss in Chapter 7.

< FIGURE 1.12 Comparison of the
Fahrenheit, Celsius, and Kelvin
Temperature Scales The Fahrenheit
degree is five-ninths the size of the
Celsius degree and the kelvin. The
zero point of the Kelvin scale is
absolute zero (the lowest possible
temperature), whereas the zero point
of the Celsius scale is the freezing
point of water.
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The Celsius Temperature Scale

0 °C — Water freezes 10 °C — Brisk fall day 22 °C - Room temperature 45 °C— Summer day in Death Valley

Celsius degree—the only difference is the temperature that each scale designates as zero.
You can convert between the temperature scales with these formulas:

(°F — 32)

Note that we give Kelvin temperatures in 1.8
kelvins (not “degrees Kelvin”) or K (not °K). K = °C + 273.15

OC:

Throughout this book we provide examples worked out in formats that are designed
to help you develop problem-solving skills. The most common format uses two columns
to guide you through the worked example. The left column describes the thought
processes and steps used in solving the problem while the right column shows the imple-
mentation. Example 1.2 follows this two-column format.

EXAMPLE 1.2 Converting between Temperature Scales
A sick child has a temperature of 40.00 °C. What is the child’s temperature in (a) K and (b) °F?
SOLUTION

(a) Begin by finding the equation that relates the quantity that is K = °C + 273.15
given (°C) and the quantity you are trying to find (K).

Since this equation gives the temperature in K directly, K = °C + 273.15
substitute in the correct value for the temperature in °Cand | g = 40.00 + 273.15 = 313.15 K
calculate the answer.

(b) To convert from °C to °F, first find the equation that relates | = (°F — 32)
these two quantities. c= 1.8
Since this equation expresses °C in terms of °F, solve the o CF —32)
equation for °F. Cc= 1.8

1.8(°C) = (°F — 32)

°F = 1.8(°C) + 32

Now substitute °C into the equation and calculate the answer. | °F = 1.8(°C) + 32
Note: The number of digits reported in this answer follows | °p = 1.8(40.00 °C) + 32 = 104.00 °F
significant figure conventions, covered in Section 1.7.

FOR PRACTICE 1.2
Gallium is a solid metal at room temperature but will melt to a liquid in your hand. The melting point of gallium is 85.6 °F.
What is this temperature on (a) the Celsius scale and (b) the Kelvin scale?




Prefix Multipliers

Scientific notation (see Appendix IA) allows us to express very large or very small
quantities in a compact manner by using exponents. For example, the diameter of a
hydrogen atom can be written as 1.06 X 10~ '°m. The International System of Units
uses the prefix multipliers shown in Table 1.2 with the standard units. These multipli-
ers change the value of the unit by powers of 10 (just like an exponent does in scientific
notation). For example, the kilometer has the prefix kilo meaning 1000 or 10°. Therefore,

1 kilometer = 1000 meters = 10’ meters
Similarly, the millimeter has the prefix milli meaning 0.001 or 10>,

1 millimeter = 0.001 meters = 10> meters

TABLE 1.2 SI Prefix Multipliers

Prefix Symbol Multiplier

exa E 1,000,000,000,000,000,000  (10'8)
peta P 1,000,000,000,000,000 (10%9)
tera T 1,000,000,000,000 (1012
giga G 1,000,000,000 (10%)
mega M 1,000,000 (10
kilo k 1000 (10%)
deci d 0.1 (107}
centi c 0.01 (1072
milli m 0.001 (1079
micro i 0.000001 (1079
nano n 0.000000001 (1079
pico p 0.000000000001 (10712
femto f 0.000000000000001 (10719
atto a 0.000000000000000001 (10718)

When reporting a measurement, choose a prefix multiplier close to the size of the
quantity you are measuring. For example, to state the diameter of a hydrogen atom,
which is 1.06 X 107'%m, use picometers (106 pm) or nanometers (0.106 nm) rather than
micrometers or millimeters. Choose the prefix multiplier that is most convenient for a
particular number.

Conceptnﬁltq

Corinection 1.5 prefix Multipliers

What prefix multiplier is appropriate for reporting a measurement of 5.57 X 1079 m?

Derived Units: Volume and Density

A derived unit is a combination of other units. For example, the SI unit for speed is meters
per second (m/s), a derived unit. Notice that this unit is formed from two other SI units—
meters and seconds—put together. You are probably more familiar with speed in miles/
hour or kilometers/hour—these are also examples of derived units. Two other common
derived units are those for volume (SI base unit is m®) and density (SI base unit is kg/m3).

Volume Volume is a measure of space. Any unit of length, when cubed (raised to the
third power), becomes a unit of volume. The cubic meter (m?), cubic centimeter (cm?),
and cubic millimeter (mm?®) are all units of volume. The cubic nature of volume is not

1.6 The Units of Measurement
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Relationship between
Length and Volume

A 10 cm cube contains
1000 1 cm cubes.

A FIGURE 1.13 The Relationship
between Length and Volume

always intuitive, and studies have shown that our brains are not naturally wired to think
abstractly, which we need to do in order to think about volume. For example, consider
this question: how many small cubes measuring 1 cm on each side are required to con-
struct a large cube measuring 10 cm (or 1 dm) on a side?

The answer to this question, as you can see by carefully examining the unit cube in
Figure 1.13 «, is 1000 small cubes. When we go from a linear, one-dimensional distance
to three-dimensional volume, we must raise both the linear dimension and its unit to the
third power (not multiply by 3). Thus the volume of a cube is equal to the length of its
edge cubed:

volume of cube = (edge length)?

A cube with a 10 cm edge length has a volume of (10cm)? or 1000 cm?, and a cube
with a 100 cm edge length has a volume of (100 cm)3 = 1,000,000 cm®.

Other common units of volume in chemistry are the liter (L) and the milliliter (mL).
One milliliter (1073 L) is equal to 1 cm>. A gallon of gasoline contains 3.785 L. Table 1.3
lists some common units—for volume and other quantities—and their equivalents.

TABLE 1.3 Some Common Units and Their Equivalents

Length Mass Volume

1 kilometer (km) = 0.6214 mile (mi) 1 kilogram (kg) = 2.205 pounds (Ib) 1 liter (L) = 1000 mL = 1000 cm®
1 meter (m) = 39.37 inches (in) = 1.094 yards (yd) 1 pound (lb) = 453.59 grams (g) 1 liter (L) = 1.057 quarts (qt)

1 foot (ft) = 30.48 centimeters (cm) 1 ounce (0z) = 28.35 grams (g) 1 U.S. gallon (gal) = 3.785 liters (L)

1 inch (in) = 2.54 centimeter (cm) (exact)

The m in the equation for density is in italic
type, meaning that it stands for mass rather
than for meters. In general, the symbols for
units such as meters (m), seconds (s), or
kelvins (K) appear in regular type while those
for variables such as mass (m), volume (V),
and time (f) appear in italics.

Density An old riddle asks, “Which weighs more, a ton of bricks or a ton of feathers?”
The answer, of course, is neither—they both weigh the same (1 ton). If you answered
bricks, you confused weight with density. The density (d) of a substance is the ratio of its
mass (m) to its volume (V):

mass m

or d= —
volume \%

Density =

Density is a characteristic physical property of substances (see Table 1.4) that depends on
temperature. Density is an example of an intensive property, one that is independent of
the amount of the substance. The density of aluminum, for example, is the same whether
you have a gram or a kilogram. Intensive properties are often used to identify substances
because these properties depend only on the type of substance, not on the amount of it.
For example, from Table 1.4 on the next page you can see that pure gold has a density
of 19.3 g/em®. One way to determine whether a substance is pure gold is to determine its
density and compare it to 19.3 g/cm>. Mass, in contrast, is an extensive property, one that
depends on the amount of the substance. If you know only the mass of a sample of gold,
that information alone will not allow you to identify it as gold.

The units of density are those of mass divided by volume. Although the SI derived
unit for density is kg/m?>, the density of liquids and solids is most often expressed in
g/em® or g/mL. (Remember that cm® and mL are equivalent units: 1cm’® = 1mL.)
Aluminum is one of the least dense structural metals with a density of 2.7 g/cm®, while
platinum is one of the densest metals with a density of 21.4 g/cm®.

Calculating Density

We can calculate the density of a substance by dividing the mass of a given amount of
the substance by its volume. For example, suppose a small nugget we suspect to be gold



has a mass of 22.5 g and a volume of 2.38 cm®. To find its density, we divide the mass by

the volume:

m 225¢g
d=—=—""-=2945 3
vV 238cm’ glem

In this case, the density reveals that the nugget is not pure gold because the density

of gold is 19.3 g/cm?.

EXAMPLE 1.3 Calculating Density

A man receives a platinum ring from his fiancée. Before the wedding, he notices that
the ring feels a little light for its size and decides to determine its density. He places
the ring on a balance and finds that it has a mass of 3.15 grams. He then finds that the
ring displaces 0.233 cm? of water. Is the ring made of platinum ? (Note: The volume
of irregularly shaped objects is often measured by the displacement of water. To use
this method, the object is placed in water and the change in volume of the water is
measured. This increase in the total volume represents the volume of water displaced
by the object and is equal to the volume of the object.)

Set up the problem by writing the important
information that is given as well as the infor-
mation that you are asked to find. In this case,
we are to find the density of the ring and com-
pare it to that of platinum

Note: This standardized way of setting

up problems is discussed in detail in

GIVEN: m=3.15¢
V=0.233cm’

FIND: Density in g/cm®

Section 1.8.

Next., write down the equation that defines EQUATION: d =

density.

Solve the problem by substituting the correct SOLUTION:

values of mass and volume into the expression m 3.15¢ 3
; =_—=——"-=135g/m

for density. V0233 cm’

The density of the ring is much too low to be platinum (platinum density is
21.4 g/cm?), and the ring is therefore a fake.

FOR PRACTICE 1.3
The woman in this example is shocked that the ring is fake and returns it. She buys a
new ring that has a mass of 4.53 g and a volume of 0.212 cm?. Is the new ring genuine?

FOR MORE PRACTICE 1.3

A metal cube has an edge length of 11.4 mm and a mass of 6.67 g. Calculate the
density of the metal and use Table 1.4 to determine the likely identity of the metal.

~
c“"ce"mal'c/o?nection 1.6 Density

The density of copper decreases as temperature increases (as does the density of most
substances). Which statement accurately describes the changes in a sample of copper

when it is warmed from room temperature to 95 °C?

(a) The sample will become lighter.
(b) The sample will become heavier.
(¢) The sample will expand.
(d) The sample will contract.

1.6 The Units of Measurement 19

TABLE 1.4 The Density of Some
Common Substances at 20 °C

Substance Density (g/cm®)
Charcoal (from oak) 0.57

Ethanol 0.789

Ice 0.917 (at 0 °C)
Water 1.00 (at 4 °C)
Sugar (sucrose) 1.58

Table salt (sodium 2.16

chloride)

Glass 2.6

Aluminum 2.70

Titanium 451

Iron 7.86

Copper 8.96

Lead 11.4

Mercury 13.55

Gold 19.3

Platinum 21.4
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Bone Density

Osteoporosis—which means porous bone—is a condition
in which bone density becomes too low. The healthy
bones of a young adult have a density of about 1.0 g/crn3.
Patients suffering from osteoporosis, however, can have
bone densities as low as 0.22 g/cm?>. These low densities
indicate that the bones have deteriorated and weakened,
resulting in increased susceptibility to fractures, especially
hip fractures. Patients suffering from osteoporosis can also
experience height loss and disfiguration such as dowager’s
hump, a condition in which the patient becomes hunched
over due to compression of the vertebrae. Osteoporosis is
most common in postmenopausal women, but it can also
occur in people (including men) who have certain diseases,
such as insulin-dependent diabetes, or who take certain
medications, such as prednisone. Osteoporosis is usually
diagnosed and monitored with hip X-rays. Low-density
bones absorb less of the X-rays than do high-density
bones, producing characteristic differences in the X-ray

‘J"?: L
. .. . Wy
image. Treatments for osteoporosis include calcium and | :,;,

vitamin D supplements, drugs that prevent bone weaken- i

ing, exercise and strength training, and, in extreme cases,
hip-replacement surgery.

Question

Suppose you find a large animal bone in the woods, too
large to fit in a beaker or flask. How might you approxi-
mate its density?

A Top: Severe osteoporosis can necessitate surgery to
implant an artificial hip joint, seen above in this X-ray
image. Bottom: Views of the bone matrix in a normal
bone (left) and one weakened by osteoporosis (right).

1.7 The Reliability of a Measurement

Recall from Section 1.1 that carbon monoxide is a colorless gas emitted by motor vehicles
and found in polluted air. The table below shows carbon monoxide concentrations in Los
Angeles County as reported by the U.S. Environmental Protection Agency (EPA) over
the period 1990-2010:

Year Carbon Monoxide Concentration (ppm)*
1990 8.9
1995 6.2
2000 4.8
2005 3.1
2010 2.1

*Second maximum, 8 hour average; ppm = parts per million, defined as mL pollutant
per million mL of air. (Long Beach Site 060374002)

The first thing you should notice about these values is that they decrease over time.
For this decrease, we can thank the Clean Air Act and its amendments, which have
resulted in more efficient engines and specially blended fuels and consequently in cleaner
air in all major U.S. cities over the last 30 years. The second thing you might notice is the
number of digits to which the measurements are reported. The number of digits in a
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reported measurement indicates the certainty associated with that measurement. A less
certain measurement of carbon monoxide levels might be reported as follows:

Carbon Monoxide

Year Concentration (ppm)
1990 9
1995 6
2000 5
2005 3
2010 2

Notice that the first set of data is reported to the nearest 0.1 ppm while the second
set is reported to the nearest 1 ppm. Scientists report measured quantities in an agreed-
upon standard way. The number of reported digits reflects the certainty in the measure-
ment: more digits, more certainty; fewer digits, less certainty. Numbers are usually
written so that the uncertainty is in the last reported digit. (We assume that uncertainty to
be T 1 in the last digit unless otherwise indicated.) By reporting the 2010 carbon monox-
ide concentration as 2.1 ppm, the scientists mean 2.1 + 0.1 ppm. The carbon monoxide
concentration is between 2.0 and 2.2 ppm—it might be 2.2 ppm, for example, but it
could not be 3.0 ppm. In contrast, if the reported value was 2 ppm (as in the second set of
measurements), this would mean 2 + 1 ppm, or between 1 and 3 ppm. In general,

Scientific measurements are reported so that every digit is certain except
the last, which is estimated.

For example, consider the following reported number:

5213
/

certain estimated

The first three digits are certain; the last digit is estimated.

The number of digits reported in a measurement depends on the measuring device.
Consider weighing a pistachio nut on two different balances (Figure 1.14 » ). The balance
on the top has marks every 1 gram, while the balance on the bottom has marks every
0.1 gram. For the balance on the top, we mentally divide the space between the 1- and
2-gram marks into ten equal spaces and estimate that the pointer is at about 1.2 grams.
We then write the measurement as 1.2 grams, indicating that we are sure of the “1” but
have estimated the “.2.” The balance on the bottom, with marks every fenth of a gram,
requires that we write the result with more digits. The pointer is between the 1.2-gram
mark and the 1.3-gram mark. We again divide the space between the two marks into ten
equal spaces and estimate the third digit. For the figure shown, we report 1.27 g.

EXAMPLE 1.4 Reporting the Correct Number of Digits

The graduated cylinder shown at the right has markings every 0.1 mL. Report the
volume (which is read at the bottom of the meniscus) to the correct number of digits.
(Note: The meniscus is the crescent-shaped surface at the top of a column of liquid.)

SOLUTION

Since the bottom of the meniscus is between the 4.5 and 4.6 mL markings, mentally
divide the space between the markings into ten equal spaces and estimate the next
digit. In this case, you should report the result as 4.57 mL.

What if you estimated a little differently and wrote 4.56 mL? In general, one unit
difference in the last digit is acceptable because the last digit is estimated and different
people might estimate it slightly differently. However, if you wrote 4.63 mL, you would
have misreported the measurement.

FOR PRACTICE 1.4

Record the temperature on the thermometer shown at the right to the correct number
of digits.

Estimation in Weighing

OUNCES ~ GRAMS

l

)

it” Il

(a)

Estimated reading 1.2 g

‘ Markings every 1 g ‘

(b)

Markings every 0.1 g
Estimated reading 1.27 g

A FIGURE 1.14 Estimation in

Weighing (a) This scale has markings
every 1 g, so we mentally divide the
space into ten equal spaces to estimate
the last digit. This reading is 1.2 g.

(b) Because this balance has markings
every 0.1 g, we estimate to the hun-
dredths place. This reading is 1.27 g.

—
=
—
"
—

Meniscus

!
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Counting Significant Figures

The precision of a measurement—which depends on the instrument used to make the
measurement—must be preserved, not only when recording the measurement, but
also when performing calculations that use the measurement. We can accomplish the
preservation of this precision by using significant figures. In any reported measurement,
the non-place-holding digits—those that are not simply marking the decimal place—are
called significant figures (or significant digits). The greater the number of significant
figures, the greater the certainty of the measurement. For example, the number 23.5 has
three significant figures while the number 23.56 has four. To determine the number of sig-
nificant figures in a number containing zeroes, we must distinguish between zeroes that
are significant and those that simply mark the decimal place. For example, in the number
0.0008, the leading zeroes (zeroes to the left of the first non-zero digit) mark the decimal
place but do not add to the certainty of the measurement and are therefore not significant;
this number has only one significant figure. In contrast, the trailing zeroes (zeroes at the
end of a number) in the number 0.000800 do add to the certainty of the measurement and
are therefore counted as significant; this number has three significant figures.

To determine the number of significant figures in a number, follow these
rules. (See the examples on the right).

Significant Figure Rules Examples
1. All nonzero digits are significant. 28.03 0.0540
2. Interior zeroes (zeroes between two 408 7.0301
nonzero digits) are significant.
3. Leading zeroes (zeroes to the left of the 2 (0.00006
first nonzero digit) are not significant. They
only serve to locate the decimal point. ,\

not significant

4. Trailing zeroes (zeroes at the end of a
number) are categorized as follows:

e Trailing zeroes after a decimal point are  45.000 3.5600
always significant.
e Trailing zeroes before a decimal point  140.00 2500.55
(and after a nonzero number) are always
significant.
e Trailing zeroes before an implied decimal 1200 ambiguous
point are ambiguous and should be avoid- 1.2 X 10° 2 significant figures
ed by using scientific notation. 1.20 x 10° 3 significant figures
1.200 X 10° 4 significant figures
* Some textbooks put a decimal point after  1200. 4 significant figures
one or more trailing zeroes if the zeroes (common in some
are to be considered significant. We avoid textbooks)

that practice in this book, but you should
be aware of it.

Exact Numbers

Exact numbers have no uncertainty and thus do not limit the number of significant
figures in any calculation. We can regard an exact number as having an unlimited number
of significant figures. Exact numbers originate from three sources:

* From the accurate counting of discrete objects. For example, 3 atoms means
3.00000.... atoms.

* From defined quantities, such as the number of centimeters in 1 m. Because 100 cm
is defined as 1 m,

100 cm = 1 m means 100.00000 ... cm = 1.0000000... m
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* From integral numbers that are part of an equation. For example, in the equation

diameter . ..
radius = ———, the number 2 is exact and therefore has an unlimited number of

significant figures.

EXAMPLE 1.5 Determining the Number of Significant Figures
in a Number

How many significant figures are in each number?

(a) 0.04450 m (b) 5.0003 km

(¢) 10dm =1m (d) 1.000 X 10° s

(e) 0.00002 mm ) 10,000 m

SOLUTION

(a) 0.04450 m Four significant figures. The two 4s and the 5 are significant (Rule 1). The trailing zero is after a

decimal point and is therefore significant (Rule 4). The leading zeroes only mark the decimal place
and are therefore not significant (Rule 3).

(b) 5.0003 km Five significant figures. The 5 and 3 are significant (Rule 1), as are the three interior zeroes (Rule 2).
(¢) 10dm = 1m Unlimited significant figures. Defined quantities have an unlimited number of significant figures.
(d) 1.000 X 10°s Four significant figures. The 1 is significant (Rule 1). The trailing zeroes are after a decimal point

and therefore significant (Rule 4).

(e) 0.00002 mm One significant figure. The 2 is significant (Rule 1). The leading zeroes only mark the decimal place
and are therefore not significant (Rule 3).

(f) 10,000 m Ambiguous. The 1 is significant (Rule 1) but the trailing zeroes occur before an implied decimal
point and are therefore ambiguous (Rule 4). Without more information, we would assume one
significant figure. It is better to write this as 1 X 10° to indicate one significant figure or as
1.0000 X 10 to indicate five (Rule 4).

FOR PRACTICE 1.5
How many significant figures are in each number?

(a) 554 km (b) 7 pennies
(¢) 1.01 X 10°m (d) 0.00099 s
(e) 1.4500 km () 21,000 m

Significant Figures in Calculations

When we use measured quantities in calculations, the results of the calculation must
reflect the precision of the measured quantities. We should not lose or gain precision
during mathematical operations. Follow these rules when carrying significant figures
through calculations.

Rules for Calculations Examples
1. In multiplication or division, 1.052 X 12504 X 053 = 06.7208 = 6.7
the result carries the same (4 sig. figures) (5 sig. figures) (2 sig. figures) (2 sig. figures)
number of significant figures 2.0035 + 3.20 = 0.626094 = 0.626
as the factor with the fewest (5 sig. figures) (3 sig. figures) (3 sig. figures)

significant figures.
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A few books recommend a slightly different
rounding procedure for cases in which

the last digit is 5. However, the procedure
presented here is consistent with electronic
calculators and will be used throughout
this bhook.

Rules for Calculations Examples

2. In addition or subtraction, the
result carries the same num-
ber of decimal places as the
quantity with the fewest deci-

= 5.7

mal places.
In addition and subtraction, it is helpful to draw
a line next to the number with the fewest deci-
mal places. This line determines the number of
decimal places in the answer.

3. When rounding to the correct Rounding to two significant figures:

number of significant figures, 537 rounds to 5.4

round down if the last (or left- 5'3 4 rounds to 5'3

most) digit dropped is four or 5'3 5 rounds to 5' 4

less; round up if the last (or ' :

.. . 5.349 rounds to 5.3
leftmost) digit dropped is five
or more. Notice in the last example that only the last

(or leftmost) digit being dropped determines
in which direction to round—ignore all digits
to the right of it.

4. To avoid rounding errors in 6.78 X 5.903 X (5.489 — 5.01)

multistep calculations, round = 6.78 X 5903 X 0.479
only the final answer—do not =19.1707 A
round intermediate steps. If _ .19 \

you write down intermediate underline least
answers, keep track of signifi- significant digit
cant figures by underlining

the least significant digit.

Notice that for multiplication or division, the quantity with the fewest significant
figures determines the number of significant figures in the answer, but for addition and
subtraction, the quantity with the fewest decimal places determines the number of
decimal places in the answer. In multiplication and division, we focus on significant
figures, but in addition and subtraction we focus on decimal places. When a problem
involves addition or subtraction, the answer may have a different number of significant
figures than the initial quantities. Keep this in mind in problems that involve both
addition or subtraction and multiplication or division. For example,

1.002 — 0.999  0.003

3.754 3754
=799 X 104
=8x 1074

The answer has only one significant figure, even though the initial numbers had three or four.

EXAMPLE 1.6 Significant Figures in Calculations
Perform each calculation to the correct number of significant figures.
(a) 1.10 X 0.5120 X 4.0015 =+ 3.4555

(b) 0.355
+105.1
—100.5820

(c) 4.562 X 3.99870 + (452.6755 — 452.33)

(d) (14.84 X 0.55) — 8.02



SOLUTION

()

(b)

(c)

(d)

Round the intermediate result (in blue) to three significant
figures to reflect the three significant figures in the least
precisely known quantity (1.10).

Round the intermediate answer (in blue) to one decimal place
to reflect the quantity with the fewest decimal places (105.1).
Notice that 105.1 is not the quantity with the fewest significant
figures, but it has the fewest decimal places and therefore
determines the number of decimal places in the answer.

Mark the intermediate result to two decimal places to reflect
the number of decimal places in the quantity within the
parentheses having the fewest number of decimal places
(452.33). Round the final answer to two significant figures to
reflect the two significant figures in the least precisely known
quantity (0.3455).

Mark the intermediate result to two significant figures to
reflect the number of significant figures in the quantity within
the parentheses having the fewest number of significant
figures (0.55). Round the final answer to one decimal place to
reflect the one decimal place in the least precisely known
quantity (8.162).

FOR PRACTICE 1.6
Perform each calculation to the correct number of significant figures.

(a)

(c)
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1.10 X 0.5120 X 4.0015 + 3.4555
= 0.65219
= 0.652

4.562 X 3.99870 + (452.6755 —452.33)
4.562 X 3.99870 - 0.3455
52.79904

= 53

2 places of the decimal

(14.84 X 0.55) — 8.02 = 8.162 — 8.02
= 0.142
= 0.1

3.10007 X 9.441 X 0.0301 = 2.31 b) 0.881
+132.1
—12.02
25110 X 21.20 + (44.11 + 1.223)  (d) (12.01 X 0.3) + 4.811

Precision and Accuracy

Scientists often repeat measurements several times to increase confidence in the result.
We can distinguish between two different kinds of certainty—called accuracy and preci-
sion—associated with such measurements. Accuracy refers to how close the measured
value is to the actual value. Precision refers to how close a series of measurements are to
one another or how reproducible they are. A series of measurements can be precise (close
to one another in value and reproducible) but not accurate (not close to the true value).
Consider the results of three students who repeatedly weighed a lead block known to
have a true mass of 10.00 g (indicated by the solid horizontal blue line on the graphs).

Student A Student B Student C
Trial 1 10.49 g 9.78 ¢ 10.03 g
Trial 2 9.79¢ 9.82¢g 9.99¢
Trial 3 9.92¢g 9.75¢g 10.03 g
Trial 4 1031 g 9.80¢ 9.98¢
Average 10.13 g 9.79g 10.01 g

* The results of student A are both inaccurate (not close to the true value) and impre-
cise (not consistent with one another). The inconsistency is the result of random
error, error that has equal probability of being too high or too low. Almost all
measurements have some degree of random error. Random error can, with enough
trials, average itself out.
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11

10.5 —

10 —

9.5

[ Inaccurate, imprecise ] [ Inaccurate, precise ] Accurate, precise

11 — 11—
Average 10.13 g Average 9.79 g Average 10.01 g
1049 10.5 — 10.5 -
" True o 1003 999 1003 gog
mass
9.5 -
9 —
1 2 3 4 1 2 3 4 1 2 3 4
Trial number Trial number Trial number
Student A Student B Student C

A Measurements are said to be precise if they are consistent with one another, but they are accurate
only if they are close to the actual value.

* The results of student B are precise (close to one another in value) but inaccurate.
The inaccuracy is the result of systematic error, error that tends toward being either
too high or too low. In contrast to random error, systematic error does not average
out with repeated trials. For instance, if a balance is not properly calibrated, it may
systematically read too high or too low.

* The results of student C display little systematic error or random error—they are
both accurate and precise.

\,) Chemistry in Your Day

Integrity in Data Gathering

Most scientists spend many hours collecting data in the laboratory. Often, the data do not turn out exactly as the
scientist had expected (or hoped). A scientist may then be tempted to “fudge” the results. For example, suppose
you are expecting a particular set of measurements to follow a certain pattern. After working hard over several days or
weeks to make the measurements, you notice that a few of them do not quite fit the pattern that you anticipated. You
might find yourself wishing that you could simply change or omit the “faulty” measurements. Altering data in this
way is considered highly unethical in the scientific community and, when discovered, is usually punished severely.

In 2004, Dr. Hwang Woo Suk, a stem cell researcher at the Seoul National University in Korea, published a
research paper in Science (a highly respected research journal) claiming that he and his colleagues had cloned human
embryonic stem cells. As part of his evidence, he showed photographs of the cells. The paper was hailed as an
incredible breakthrough, and Dr. Hwang traveled the world lecturing on his work. Time magazine even included him
on its “people that matter” list for 2004. Several months later, however, one of his co-workers revealed that the
photographs were fraudulent. According to the co-worker, the photographs came from a computer data bank of stem
cell photographs, not from a cloning experiment. A university panel investigated the results and confirmed that the
photographs and other data had indeed been faked. Dr. Hwang was forced to resign his prestigious post at the
university.

Although not common, incidents like this do occur from time to time. They are damaging to a community that is
largely built on trust. A scientist’s peers (other researchers in similar fields) review all published research papers, but
usually they are judging whether the data support the conclusion—they assume that the experimental measurements
are authentic. The pressure to succeed sometimes leads researchers to betray that trust. However, over time, the
tendency of scientists to reproduce and build upon one another’s work results in the discovery of the fraudulent data.
When that happens, the researchers at fault are usually banished from the community and their careers are ruined.
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Learning to solve problems is one of the most important skills you will acquire in this course.
No one succeeds in chemistry—or in life, really—without the ability to solve problems.
Although no simple formula applies to every chemistry problem, you can learn problem-
solving strategies and begin to develop some chemical intuition. Many of the problems you
will solve in this course are unit conversion problems, where you are given one or more
quantities and asked to convert them into different units. Other problems require that you
use specific equations to get to the information you are trying to find. In the sections that
follow, you will find strategies to help you solve both of these types of problems. Of course,
many problems contain both conversions and equations, requiring the combination of these
strategies, and some problems may require an altogether different approach.

Converting from One Unit to Another

In Section 1.6, we learned the SI unit system, the prefix multipliers, and a few other units.
Knowing how to work with and manipulate these units in calculations is central to solving
chemical problems. In calculations, units help to determine correctness. Using units as a
guide to solving problems is called dimensional analysis. Units should always be included
in calculations; they are multiplied, divided, and canceled like any other algebraic quantity.

Consider converting 12.5 inches (in) to centimeters (cm). We know from Table 1.3
that 1in = 2.54 cm (exact), so we can use this quantity in the calculation:

. 2.54 cm
125 i1 X —— = 31.8 cm
1 in

The unit, in, cancels and we are left with cm as our final unit. The quantity 234em 5o 0

1 in
conversion factor—a fractional quantity with the units we are converting from on the
bottom and the units we are converting to on the top. Conversion factors are constructed
from any two equivalent quantities. In this example, 2.54 cm = 1 in, so we construct the

conversion factor by dividing both sides of the equality by 1 in and canceling the units:

2.54cm = lin
254 cm 1l
lin  lid
2.54cm — 1
lin
Because the quantity 25{‘% is equivalent to 1, multiplying by the conversion factor

affects only the units, not the actual quantity. To convert the other way, from centimeters
to inches, we must—using units as a guide—use a different form of the conversion fac-
tor. If you accidentally use the same form, you will get the wrong result, indicated by
erroneous units. For example, suppose that we want to convert 31.8 cm to inches:

2.54cm  80.8cm?
in in

31.8cm X

The units in the answer (cmz/in), as well as the value of the answer, are obviously
wrong. When you solve a problem, always look at the final units. Are they the desired
units? Always look at the magnitude of the numerical answer as well. Does it make
sense? In this case, our mistake was the form of the conversion factor. It should have
been inverted so that the units cancel as follows:

1 in
2.54 cm

Conversion factors can be inverted because they are equal to 1 and the inverse of 1 is 1.

Therefore,

31.8 cm X =125 in

254cm | = lin
lin  254cm
Most unit conversion problems take the following form:

Information given X conversion factor(s) = information sought

. desired unit . .
Givenunit X —————— = desired unit
given unit

1.8 Solving Chemical Problems
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Most problems can be solved in more than
one way. The solutions we derive in this book
will tend to be the most straightforward

but certainly are not the only way to solve
the problem.

In this book, we diagram problem solutions using a conceptual plan. A conceptual
plan is a visual outline that helps you to see the general flow of the problem solution. For
unit conversions, the conceptual plan focuses on units and the conversion from one unit
to another. The conceptual plan for converting in to cm is

in cm

2.54cm

lin
The conceptual plan for converting the other way, from cm to in, is just the reverse, with
the reciprocal conversion factor:
cm in

lin

2.54 cm
Each arrow in a conceptual plan for a unit conversion has an associated conversion factor
with the units of the previous step in the denominator and the units of the following step
in the numerator. In the following section, we incorporate the idea of a conceptual plan
into an overall approach to solving numerical chemical problems.

General Problem-Solving Strategy

In this book, we use a standard problem-solving procedure that can be adapted to many
of the problems encountered in general chemistry and beyond. To solve any problem,
you need to assess the information given in the problem and devise a way to get to the
information asked for. In other words, you must

e [dentify the starting point (the given information).

* Identify the end point (what you must find).

* Devise a way to get from the starting point to the end point using what is given as
well as what you already know or can look up. (As we just discussed, we call this the
conceptual plan.)

In graphic form, we can represent this progression as
Given — Conceptual Plan — Find

One of the main difficulties beginning students encounter when trying to solve prob-
lems in general chemistry is not knowing where to begin. While no problem-solving
procedure is applicable to all problems, the following four-step procedure can be helpful
in working through many of the numerical problems you will encounter in this book.

1. Sort. Begin by sorting the information in the problem. Given information is the
basic data provided by the problem—often one or more numbers with their associ-
ated units. Find indicates what information you will need for your answer.

2. Strategize. This is usually the most challenging part of solving a problem. In this
process, you must develop a conceptual plan—a series of steps that will get you from
the given information to the information you are trying to find. You have already seen
conceptual plans for simple unit conversion problems. Each arrow in a conceptual
plan represents a computational step. On the left side of the arrow is the quantity you
had before the step, on the right side of the arrow is the quantity you will have after
the step, and below the arrow is the information you need to get from one to the
other—the relationship between the quantities.

Often such relationships take the form of conversion factors or equations. These
may be given in the problem, in which case you will have written them down under
“Given” in step 1. Usually, however, you will need other information—which may
include physical constants, formulas, or conversion factors—to help get you from what
you are given to what you must find. This information comes from what you have learned
or can look up in the chapter or in tables within the book.

In some cases, you may get stuck at the strategize step. If you cannot figure out how
to get from the given information to the information you are asked to find, you might try
working backward. For example, you can look at the units of the quantity you are trying
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to find and attempt to find conversion factors to get to the units of the given quantity. You
may even try a combination of strategies; work forward, backward, or some of both. If
you persist, you will develop a strategy to solve the problem.

3. Solve. This is the easiest part of solving a problem. Once you set up the problem
properly and devise a conceptual plan, you simply follow the plan to solve the prob-
lem. Carry out any mathematical operations (paying attention to the rules for signifi-
cant figures in calculations) and cancel units as needed.

4. Check. This is the step beginning students most often overlook. Experienced prob-
lem solvers always ask, “Does this answer make sense? Are the units correct? Is the
number of significant figures correct?” When solving multistep problems, errors eas-
ily creep into the solution. You can catch most of these errors by simply checking the
answer. For example, suppose you are calculating the number of atoms in a gold coin
and end up with an answer of 1.1 X 10~® atoms. Could the gold coin really be com-

posed of one-millionth of one atom?

In Examples 1.7 and 1.8, we apply this problem-solving procedure to unit conver-
sion problems. The procedure is summarized in the left column and two examples of
applying the procedure are provided in the middle and right columns. This three-column
format will be used in selected examples throughout this text. It allows you to see how
you can apply a particular procedure to two different problems. Work through one prob-
lem first (from top to bottom) and then see how you can apply the same procedure to the
other problem. Recognizing the commonalities and differences between problems is a
key part of developing problem-solving skills.

PROCEDURE FOR...

Solving Unit Conversion
Problems

EXAMPLE 1.7

Unit Conversion

Convert 1.76 yards to centimeters.

EXAMPLE 1.8

Unit Conversion

Convert 1.8 quarts to cubic centimeters.

SORT Begin by sorting the information | GIVEN: 1.76 yd GIVEN: 1.8 qt

in the problem into given and find. FIND: cm FIND: cm®

STRATEGIZE Devise a conceptual plan for | CONCEPTUAL PLAN CONCEPTUAL PLAN

the problem. Begin with the given quan- qt L mL om?
o o . yd m cm

tity and symbolize each conversion step - L Lo

with an arrow. Below each arrow, write 1019—:‘yd 1;:1 1057 qt 071 L

the appropriate conversion factor for that RELATIONSHIPS USED RELATIONSHIPS USED

step. Focus on the units. The conceptual 109%vd = 1 m 1.057qt = 1L

plan should end at the find quantity and ) y 1mL = 1073L

its units. In these examples, the other
information needed consists of relation-
ships between the various units as shown.

lem = 1072 cm
(These conversion factors are from
Tables 1.2 and 1.3.)

ImL = 1cm?
(These conversion factors are from Tables
1.2 and 1.3.)

SOLVE Follow the conceptual plan.
Begin with the given quantity and its
units. Multiply by the appropriate con-
version factor(s), canceling units, to
arrive at the find quantity.

Round the answer to the correct number of
significant figures following the rules in
Section 1.7. Remember that exact conver-
sion factors do not limit significant figures.

SOLUTION
1m 1 cm
1.76 yd X
yd 1.094 yd = 1072 m
= 160.8775 cm

160.8775 cm =161 cm

SOLUTION
1 ca’®
1 mLC

1L
1.057 qt

1 mEC
1073k

1.8 gt X

= 1.70293 % 10°cm’
1.70293 % 10°cm® = 1.7 X 10°cm’

CHECK Check your answer. Are
the units correct? Does the answer
make sense?

The units (cm) are correct. The
magnitude of the answer (161)
makes sense because a centimeter
is a much smaller unit than a yard.

FOR PRACTICE 1.7
Convert 288 cm to yards.

The units (cm?) are correct. The magni-
tude of the answer (1700) makes sense
because a cubic centimeter is a much
smaller unit than a quart.

FOR PRACTICE 1.8
Convert 9255 cm? to gallons.
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Units Raised to a Power
When building conversion factors for units raised to a power, remember to raise both the
number and the unit to the power. For example, to convert from in2 to cmz, we construct
the conversion factor as follows:

254cm = 1lin
(2.54 cm)? = (1 in)?
(2.54)>cm? = 1%in®
6.45cm’ = 1in°
6.45cm® .
1 in®

Example 1.9 demonstrates how to use conversion factors involving units raised

to a power.

EXAMPLE 1.9 Unit Conversions Involving Units Raised to a Power

Calculate the displacement (the total volume of the cylinders through which the pistons

move) of a 5.70 L automobile engine in cubic inches.

»>

SORT Sort the information in the problem into GIVEN: 570 L

given and find. FIND: in’

STRATEGIZE Write a conceptual plan. Begin with | CONCEPTUAL PLAN

the given information and devise a path to the . —
information that you are asked to find. Notice L mL cm m
that for cubic units, you must cube the 1mL 1em® (Lin)®
conversion factors. 1071 lmL (254 cm)?

RELATIONSHIPS USED

SOLVE Follow the conceptual plan to solve the
problem. Round the answer to three significant
figures to reflect the three significant figures in the
least precisely known quantity (5.70 L). These
conversion factors are all exact and therefore do
not limit the number of significant figures.

ImL=1073L
ImL=1cm’
2.54cm = lin
(These conversion factors are from Tables 1.2 and 1.3)
SOLUTION
I mE 1 cn® 1 in)?
570 K X —— x LI 7 = 347.835 in’
10°K  1mL  (2.54 cm)
= 348in’

CHECK The units of the answer are correct, and the magnitude makes sense. The unit cubic
inches is smaller than liters, so the volume in cubic inches should be larger than the volume

in liters.

FOR PRACTICE 1.9
How many cubic centimeters are there in 2.11 yd*?

FOR MORE PRACTICE 1.9

A vineyard has 145 acres of Chardonnay grapes. A particular soil supplement requires

5.50 grams for every square meter of vineyard. How many kilograms of the soil
supplement are required for the entire vineyard? (1 km®> = 247 acres)
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EXAMPLE 1.10 Density as a Conversion Factor ’

The mass of fuel in a jet must be calculated before each flight to ensure that the jet is
not too heavy to fly. A 747 is fueled with 173,231 L of jet fuel. If the density of the
fuel is 0.768 g/cm3, what is the mass of the fuel in kilograms?

SORT Begin by sorting the information GIVEN: fuel volume = 173,231 L
in the problem into given and find. density of fuel = 0.768 g /cm3

FIND: mass in kg

STRATEGIZE Draw the conceptual plan by | CONCEPTUAL PLAN
beginning with the given quantity—in

this case the volume in llters. (L). The L mL em? g kg
overall goal of this problem is to find the

1 mL 1cm? 0.768 g 1kg
mass. You can convert between volume - —_ —

10°L 1 mL cm? 1000 g

and mass using density (g/cm?).
However, you must first convert the
volume to cm>. Once you have converted RELATIONSHIPS USED
the volume to cm?>, use the density to ImL =10"3L
convert to g. Finally, convert g to kg. 1mL = 1 cm?

d = 0.768 g/cm?
1000 g = 1 kg

(These conversion factors are from Tables 1.2 and 1.3.)

SOLVE Follow the conceptual plan to SOLUTION

lve th lem. R h 1 1 0.768 1 k
solve t' epr.ob em. Round the answer to 173231 U X ?ﬂi % cnr % g v g
three significant figures to reflect the 103K 1 mE 1 ca? 1000 g
three significant figures in the density.

= 1.33 X 10° kg

CHECK The units of the answer (kg) are correct. The magnitude makes sense because
the mass (1.33 X 10° kg) is similar in magnitude to the given volume (173,231 L or
1.73231 X 10° L), as expected for a density close to 1 (0.768 g/cm?).

FOR PRACTICE 1.10

Backpackers often use canisters of white gas to fuel a cooking stove’s burner. If one
canister contains 1.45 L of white gas, and the density of the gas is 0.710 g/cm?®, what
is the mass of the fuel in kilograms?

FOR MORE PRACTICE 1.10

A drop of gasoline has a mass of 22 mg and a density of 0.754 g/cm?. What is its
volume in cubic centimeters?

Order-of-Magnitude Estimations

Calculation is an integral part of chemical problem solving. But precise numerical calcu-
lation is not always necessary, or even possible. Sometimes data are only approximate;
other times we may not need a high degree of precision—a rough estimate or a simpli-
fied “back of the envelope” calculation is enough. We can also use approximate calcula-
tions to get an initial feel for a problem or as a quick check to see whether our solution is
“in the right ballpark.”
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One way to make such estimates is to simplify the numbers so that they can be
manipulated easily. The technique known as order-of-magnitude estimation is based on
focusing only on the exponential part of numbers written in scientific notation, according
to these guidelines:

o If the decimal part of the number is less than 5, just drop it. Thus, 4.36 X 10
becomes 10° and 2.7 X 1073 becomes 1073,

e If the decimal part is 5 or more, round it up to 10 and rewrite the number as a power
of 10. Thus, 5.982 X 107 becomes 10 X 107 = 108, and 6.1101 X 10~ becomes
10 X 1077 = 1072

When we make these approximations, we are left with powers of 10, which are eas-
ier to multiply and divide. Of course our answer is only as reliable as the numbers used
to get it, so we should not assume that the results of an order-of-magnitude calculation
are accurate to more than an order of magnitude.

Suppose, for example, that we want to estimate the number of atoms that an immor-
tal being could have counted in the 14 billion (1.4 X 10'°) years that the universe has
been in existence, assuming a counting rate of ten atoms per second. Since a year has
3.2 X 107 seconds, we can approximate the number of atoms counted as follows:

secerds atoms

10'° years x 107 e X 10! ~10'" atoms
(number of years) (number of seconds (number of atoms
per year) counted per second)

A million trillion atoms (10'®) may seem like a lot, but as we discuss in Chapter 2, a
speck of matter made up of a million trillion atoms is nearly impossible to see without a
microscope.

In our general problem-solving procedure, the last step is to check whether the
results seem reasonable. Order-of-magnitude estimations can often help us catch the
kinds of mistakes that may happen in a detailed calculation, such as entering an incorrect
exponent or sign into a calculator, or multiplying when we should have divided.

Problems Involving an Equation

Problems involving equations can be solved in much the same way as problems
involving conversions. Usually, in problems involving equations, we must find one of
the variables in the equation, given the others. The conceptual plan concept outlined
earlier can be used for problems involving equations. For example, suppose we
are given the mass (m) and volume (V) of a sample and asked to calculate its density.
The conceptual plan shows how the equation takes us from the given quantities to the
find quantity.

d=—
14

Here, instead of a conversion factor under the arrow, this conceptual plan has an equation.
The equation shows the relationship between the quantities on the left of the arrow and
the quantities on the right. Note that at this point the equation need not be solved for the
quantity on the right (although in this particular case it is). The procedure that follows,
as well as the two examples, will guide you in developing a strategy to solve problems
involving equations. We again use the three-column format. Work through one problem
from top to bottom and then see how you can apply the same general procedure to the
second problem.



PROCEDURE FOR...

Solving Problems Involving
Equations

EXAMPLE 1.11

Problems with Equations

Find the radius (r) in centimeters of a
spherical water droplet with a volume
(V) of 0.058 cm?. For a sphere,

V = (4/3) .
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EXAMPLE 1.12

Problems with
Equations

-

Find the density (in g/cm?) of a
metal cylinder with a mass (m) of
8.3 g, alength (/) of 1.94 cm, and a
radius () of 0.55 cm. For a cylinder,
V= 7ril

SORT Begin by sorting the information
in the problem into given and find.

GIVEN: V = 0.058 cm®
FIND: rincm

GIVEN: m = 83 ¢
[ =194 cm
r=0.55cm
FIND: d in g/cm?

STRATEGIZE Write a conceptual plan for
the problem. Focus on the equation(s).

CONCEPTUAL PLAN

CONCEPTUAL PLAN

The conceptual plan shows how the v r Lr v
equation takes you from the given quan- N V=l

tity (or quantities) to the find quantity. 3

The conceptual plan may have several mv d
parts, involving other equations or RELATIONSHIPS USED -

required conversions. In these examples, V= 4 . d=mv

you use the geometrical relationships 3 RELATIONSHIPS USED
given in the problem statements as well V =i

as the definition of density, d = m/V, J= m

which you learned in this chapter. %4

SOLVE Follow the conceptual plan. SOLUTION SOLUTION

Sfolv§ thg equation(s) for the find quan- V= 4 o V = mrl

tity (if it is not already). Gather each of 3 B )
the quantities that must go into the equa- 3 = 7(0.55cm)”(1.94 cm)
tion in the correct units. (Convert to the = EV = 1.8436cm’
correct units if necessary.) Substitute the 3 \13 i="

numerical values and their units into the = < V) Vv

equation(s) and calculate the answer. 4 83¢g

Round the answer to the correct number
of significant figures.

3 1/3
= (ﬂ.OSS cm3>
dar
= (0.24013cm
0.24013 cm = 0.24 cm

- m = 4.50195 g/Cl’Il3

4.50195 gem® = 4.5 gfem®

CHECK Check your answer. Are the
units correct? Does the answer make
sense?

The units (cm) are correct and the
magnitude makes sense.

FOR PRACTICE 1.11

Find the radius () of an aluminum
cylinder that is 2.00 cm long and has
amass of 12.4 g. For a cylinder,

vV = 7ri.

The units (g/cm?) are correct. The mag-
nitude of the answer seems correct for
one of the lighter metals (see Table 1.4).

FOR PRACTICE 1.12

Find the density, in g/cm3, of a metal
cube with a mass of 50.3 g and an
edge length (/) of 2.65 cm. For a
cube, V = P,
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CHAPTER IN REVIEW

Self Assessment Quiz

Q1.

Q2.

Q3.

Q4.

Qs.

Q6.

Q7.

Q8.

Q9.

Q10.

A chemist mixes sodium with water and witnesses a violent
reaction between the metal and water. This is best classified as
a) an observation. b) alaw.

¢) ahypothesis. d) atheory.

This image represents a particulate view of a sample of
matter. Classify the sample according to its composition.

a) The sample is a pure element.

b) The sample is a homogeneous mixture.
¢) The sample is a compound.

d) The sample is a heterogeneous mixture.
Which change is a physical change?

a) wood burning

b) iron rusting

¢) dynamite exploding

d) gasoline evaporating

Which property of rubbing alcohol is a chemical property?
a) its density (0.786 g/cm?)

b) its flammability

¢) its boiling point (82.5 °C)

d) its melting point (—89 °C)

Convert 85.0 °F to K.

a) I81.1K b) 358K

c) 294K d) 302.6K
Express the quantity 33.2 X 10~* m in mm.
a) 33.2 mm

b) 3.32 mm

c¢) 0.332 mm

d) 3.32% 10 %mm

What is the mass of a 1.75 L sample of a liquid that has a
density of 0.921 g/mL?

a) 1.61x10°g b) 1.61x10°¢g

c) 1.90%x10°g d) 1.90x1073g

Perform the calculation to the correct number of significant
figures.

(43.998 X 0.00552),/2.002
a) 0.121 b) 0.12
c) 0.12131 d) 0.1213

Perform the calculation to the correct number of significant
figures.
(8.01 —7.50)/3.002

a) 0.1698867 b) 0.17
¢) 0.170 d) 0.1700
Convert 1285 cm? to m2.

a) 1.285x% 107 m? b) 12.85m?

¢) 0.1285 m? d) 1.285%10° m?

@<t O%r M<€r @7 @11 O0r @6

®) g

Q11.

The first diagram depicts a compound in its liquid state.
Which of the other diagrams best depicts the compound
after it has evaporated into a gas?

Q12.

Substance |
Substance Il
Substance Il

Q13.

Q1.

Q15.

®-L @9

(©) (d)

Three samples, each of a different substance, are weighed
and their volume is measured. The results are tabulated
below. List the substances in order of decreasing density.

Volume
10.0 mL
12.0L
10.0 pL

a) M>M>1 b) I>1>1I
¢ M>I>I d) m>1>1I

A solid metal sphere has a radius of 3.53 cm and a mass of
1.796 kg. What is the density of the metal in g/cm3? (The
volume of sphere is V = % )

a) 34.4 gem’ b) 0.103 g/em’

¢) 121 gem® d) 9.75 glem®

A German automobile gets a gas mileage of 22 km/L.
Convert this quantity to miles per gallon.

a) 9.4 mi/gal b) 1.3 X 10% mi/gal

¢) 52 mi/gal d) 3.6 mi/gal

A wooden block has a volume of 18.5 in>. Express the
volume of the cube in cm®.

a) 303 cm’ b) 47.0cm’

¢ LI3cm’ d) 7.28cm’

P @F @ 0T (B)-:spmMsUy

Mass
10.0 g
10.0 kg
12.0 mg
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Key Concepts

Atoms and Molecules (1.1)

» All matter is composed of atoms and molecules.
» Chemistry is the science that investigates the properties of matter
by examining the atoms and molecules that compose it.

The Scientific Approach to Knowledge (1.2)

» Science begins with the observation of the physical world.
A number of related observations can often be summarized in a
statement or generalization called a scientific law.

» A hypothesis is a tentative interpretation or explanation of obser-
vations. One or more well-established hypotheses may prompt
the development of a scientific theory, a model for nature that
explains the underlying reasons for observations and laws.

» Laws, hypotheses, and theories all give rise to predictions that
can be tested by experiments, carefully controlled procedures
designed to produce critical new observations. If scientists cannot
confirm the predictions, they must modify or replace the law,
hypothesis, or theory.

The Classification of Matter (1.3)

» We classify matter according to its state (solid, liquid, or gas) or
according to its composition (pure substance or mixture).

» A pure substance can either be an element, which cannot be
chemically broken down into simpler substances, or a compound,
which is composed of two or more elements in fixed proportions.

» A mixture can be either homogeneous, with the same composi-
tion throughout, or heterogeneous, with different compositions in
different regions.

International System of Units (SI) (13)

Section 1.8
dimensional analysis (27)
conversion factor (27)

The Properties of Matter (1.4)

» We can classify the properties of matter into two types: physical
and chemical. Matter displays its physical properties without
changing its composition.

» Changes in matter in which composition does not change are
physical changes. Changes in matter in which composition does
change are chemical changes.

Energy (1.5)

» In chemical and physical changes, matter often exchanges energy
with its surroundings. In these exchanges, the total energy is
always conserved; energy is neither created nor destroyed.

» Systems with high potential energy tend to change in the direction
of lower potential energy, releasing energy into the surroundings.

The Units of Measurement and Significant

Figures (1.6, 1.7)

» Scientists use primarily SI units, which are based on the metric
system. The SI base units include the meter (m) for length, the
kilogram (kg) for mass, the second (s) for time, and the kelvin
(K) for temperature.

» Derived units are those formed from a combination of other units.
Common derived units include those for volume (cm® or m?) and
density (g/cm®).

» Measured quantities are reported so that the number of digits
reflects the uncertainty in the measurement. Significant figures
are the non-place-holding digits in a reported number.
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Key Equations and Relationships

Relationship between Kelvin (K) and Celsius (°C) Temperature Scales (1.6)
K = °C + 273.15

Relationship between Celsius (°C) and Fahrenheit (°F) Temperature
Scales (1.6)
(°F — 32)

OC —
1.8

Key Learning Outcomes

Relationship between Density (d), Mass (m), and Volume (V) (1.6)

a=""
v

Chapter Objectives

Determining Physical and Chemical
Changes and Properties (1.4)

Converting between the Temperature Scales: Fahrenheit,
Celsius, and Kelvin (1.6)

Calculating the Density of a
Substance (1.6)

Reporting Scientific Measurements to the Correct Digit
of Uncertainty (1.7)

Working with Significant Figures (1.7)

Using Conversion Factors (1.8)

in cm

2.54cm

lin

Solving Problems Involving Equations (1.8)

Assessment

Example 1.1 For Practice 1.1 Exercises 43-50

Example 1.2 For Practice 1.2 Exercises 51-54

Example 1.3  For Practice 1.3  For More Practice 1.3
Exercises 65-68

Example 1.4 For Practice 1.4 Exercises 73, 74

Examples 1.5, 1.6  For Practice 1.5, 1.6
Exercises 77, 78, 80, 83—88

Examples 1.7, 1.8, 1.9, 1.10  For Practice 1.7, 1.8, 1.9, 1.10
For More Practice 1.9, 1.10 Exercises 91, 92, 96-99, 101, 102

Examples 1.11, 1.12  For Practice 1.11, 1.12
Exercises 117, 118

EXERCISES
Review Questions

1. Explain this statement in your own words and give an example.
The properties of the substances around us depend on the atoms
and molecules that compose them.

2. Explain the main goal of chemistry.

3. Describe the scientific approach to knowledge. How does it
differ from other approaches?

4. Explain the differences between a hypothesis, a law, and a theory.

5. What observations did Antoine Lavoisier make? What law did
he formulate?



6. What theory did John Dalton formulate?

7. What is wrong with the expression “That is just a theory,” if by
theory the speaker is referring to a scientific theory?

8. What are two different ways to classify matter?
9. How do solids, liquids, and gases differ?

10. What is the difference between a crystalline solid and an amor-
phous solid?

11. Explain the difference between a pure substance and a mixture.
12. Explain the difference between an element and a compound.

13. Explain the difference between a homogeneous and a heteroge-
neous mixture.

14. What kind of mixtures can be separated by filtration?

15. Explain how distillation is used to separate mixtures.

16. What is the difference between a physical property and a chem-
ical property?

17. What is the difference between a physical change and a chemi-
cal change? List some examples of each.

18. Explain the significance of the law of conservation of energy.

19. What kind of energy is chemical energy? In what way is an
elevated weight similar to a tank of gasoline?

Problems by Topic

Note: Answers to all odd-numbered Problems, numbered in blue, can
be found in Appendix I1l. Exercises in the Problems by Topic section
are paired, with each odd-numbered problem followed by a similar
even-numbered problem. Exercises in the Cumulative Problems
section are also paired, but more loosely. Challenge Problems and
Conceptual Problems, because of their nature, are unpaired.

The Scientific Approach to Knowledge

33. Classify each statement as an observation, a law, or a theory.
a. All matter is made of tiny, indestructible particles called atoms.
b. When iron rusts in a closed container, the mass of the con-
tainer and its contents does not change.
¢. Inchemical reactions, matter is neither created nor destroyed.
d. When a match burns, heat is released.

34. Classify each statement as an observation, a law, or a theory.
a. Chlorine is a highly reactive gas.
b. If elements are listed in order of increasing mass of their
atoms, their chemical reactivity follows a repeating pattern.
¢. Neon is an inert (or nonreactive) gas.
d. The reactivity of elements depends on the arrangement of
their electrons.
35. A chemist decomposes several samples of carbon monoxide
into carbon and oxygen and weighs the resultant elements. The
results are shown in the table.

Sample Mass of Carbon (g) Mass of Oxygen (g)
1 6 8
2 12 16

3 18 24

20.

21.

22,
23.
24.
25.
26.

27.

28.

29.
30.
31.
32.

Exercises 37

What are the standard SI base units of length, mass, time, and
temperature?

What are the three common temperature scales? Does the size
of a degree differ among them?

What are prefix multipliers? List some examples.

What is a derived unit? List an example.

Explain the difference between density and mass.

Explain the difference between intensive and extensive properties.

What is the meaning of the number of digits reported in a mea-
sured quantity?

When multiplying or dividing measured quantities, what deter-
mines the number of significant figures in the result?

When adding or subtracting measured quantities, what deter-
mines the number of significant figures in the result?

What are the rules for rounding off the results of calculations?
Explain the difference between precision and accuracy.
Explain the difference between random error and systematic error.

What is dimensional analysis?

a. Do you notice a pattern in these results?
Next, the chemist decomposes several samples of hydrogen
peroxide into hydrogen and oxygen. The results are shown
in the table:

Sample Mass of Hydrogen (g) Mass of Oxygen (g)
1 0.5 8
2 1 16
3 1.5 24

36.

b. Do you notice a similarity between these results and those
for carbon monoxide in part a?

c. Can you formulate a law from the observations in a and b?

d. Can you formulate a hypothesis that might explain your
law in c?

When astronomers observe distant galaxies, they can tell that

most of them are moving away from one another. In addition,

the more distant the galaxies, the more rapidly they are likely to

be moving away from each other. Can you devise a hypothesis

to explain these observations?

The Classification and Properties of Matter

37.

Classify each substance as a pure substance or a mixture. If it is
a pure substance, classify it as an element or a compound. If it
is a mixture, classify it as homogeneous or heterogeneous.

a. sweat b. carbon dioxide

¢. aluminum d. vegetable soup
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38. Classify each substance as a pure substance or a mixture. If it is
a pure substance, classify it as an element or a compound. If it
is a mixture, classify it as homogeneous or heterogeneous.

a. wine b. beef stew
¢. iron d. carbon monoxide

39. Complete the table.

Substance Pure or mixture

Type

aluminum pure element
apple juice

hydrogen peroxide

chicken soup

40. Complete the table.

Substance Pure or mixture

Type

water pure compound

coffee
ice

carbon

41. Determine whether each molecular diagram represents a pure sub-
stance or a mixture. If it represents a pure substance, classify the
substance as an element or a compound. If it represents a mixture,
classify the mixture as homogeneous or heterogeneous.

(9 (d)

42. Determine whether each molecular diagram represents a pure
substance or a mixture. If it represents a pure substance, classify
the substance as an element or a compound. If it represents a
mixture, classify the mixture as homogeneous or heterogeneous.

43.

4.

45.

46.

47.

48.

49.

Classify each of the listed properties of isopropyl alcohol (also
known as rubbing alcohol) as physical or chemical.

a. colorless b. flammable

c. liquid at room temperature ~ d. density = 0.79 g/mL

e. mixes with water

Classify each of the listed properties of ozone (a pollutant in the
lower atmosphere but part of a protective shield against UV
light in the upper atmosphere) as physical or chemical.

a. bluish color b. pungent odor

¢. very reactive

d. decomposes on exposure to ultraviolet light

e. gas at room temperature

Classify each property as physical or chemical.

a. the tendency of ethyl alcohol to burn

b. the shine on silver

c¢. the odor of paint thinner

d. the flammability of propane gas

Classify each property as physical or chemical.

a. the boiling point of ethyl alcohol

b. the temperature at which dry ice evaporates

c. the tendency of iron to rust

d. the color of gold

Classify each change as physical or chemical.

a. Natural gas burns in a stove.

b. The liquid propane in a gas grill evaporates because the
valve was left open.

¢. The liquid propane in a gas grill burns in a flame.

d. A bicycle frame rusts on repeated exposure to air and water.

Classify each change as physical or chemical.

a. Sugar burns when heated in a skillet.

b. Sugar dissolves in water.

¢. A platinum ring becomes dull because of continued abrasion.

d. A silver surface becomes tarnished after exposure to air for a
long period of time.

Based on the molecular diagram, classify each change as
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50. Based on the molecular diagram, classify each change as physi-
cal or chemical.

Units in Measurement

51. Convert each temperature.
a. 32 °F to °C (temperature at which water freezes)
b. 77 K to °F (temperature of liquid nitrogen)
¢. —109 °F to °C (temperature of dry ice)
d. 98.6 °F to K (body temperature)

52. Convert each temperature.
a. 212 °F to °C (temperature of boiling water at sea level)
b. 22 °C to K (approximate room temperature)
c. 0.00 K to °F (coldest temperature possible, also known as
absolute zero)
d. 2.735 K to °C (average temperature of the universe as mea-
sured from background black body radiation)

53. The coldest temperature ever measured in the United States is
—80 °F on January 23, 1971, in Prospect Creek, Alaska. Convert
that temperature to °C and K. (Assume that —80 °F is precise to
two significant figures.)

54. The warmest temperature ever measured in the United States is
134 °F on July 10, 1913, in Death Valley, California. Convert
that temperature to °C and K.

55. Use the prefix multipliers to express each measurement without
any exponents.
a. 12X 10°m b. 22 X 10 s
c. 1.5x10%g d. 3.5 X 10°L

56. Use prefix multipliers to express each measurement without
any exponents.
a. 388 X 10°g b. 552 X 107195
c. 234 x 10" m d. 879 x 107'L

57. Use scientific notation to express each quantity with only the
base units (no prefix multipliers).
a. 45ns
b. 18fs
c. 128 pm
d. 35 um

Exercises 39

58. Use scientific notation to express each quantity with only the
base units (no prefix multipliers).
a. 35ul b. 225Mm ¢

59. Complete the table.

133 Tg d. 1.5cg

a. 1245 kg 1.245 X 10°g 1.245 X 10° mg
b. 515 km dm cm
c. 122.355s ms ks
d.3.345kJ J mJ
60. Complete the table.
a.355 km/s cm/s m/ms
b. 1228 g/L g/mL kg /ML
c. 554 mK/s K/s uK /ms
d. 2.554 mg/mL g/L ug/mL
61. Express the quantity 254,998 m in each unit.
a. km b. Mm c. mm d. cm
62. Express the quantity 556.2 X 107'2 s in each unit.
a. ms b. ns C. ps d. fs

63. How many 1 cm squares would it take to construct a square that
is 1 m on each side?

64. How many 1 cm cubes would it take to construct a cube that is
4 cm on edge?

Density

65. A new penny has a mass of 2.49 g and a volume of 0.349 cm®.
Is the penny made of pure copper? Explain.

66. A titanium bicycle frame displaces 0.314 L of water and has a
mass of 1.41 kg. What is the density of the titanium in g/cm?>?

67. Glycerol is a syrupy liquid often used in cosmetics and soaps. A
3.25 L sample of pure glycerol has a mass of 4.10 X 10° g.
What is the density of glycerol in g/cm®?

68. A supposedly gold nugget is tested to determine its density. It is
found to displace 19.3 mL of water and has a mass of 371
grams. Could the nugget be made of gold?

69. Ethylene glycol (antifreeze) has a density of 1.11 g/cm’.

a. What is the mass in g of 417 mL of this liquid?
b. What is the volume in L of 4.1 kg of this liquid?

70. Acetone (nail polish remover) has a density of 0.7857 g/cm?.
a. What is the mass, in g, of 28.56 mL of acetone?

b. What is the volume, in mL, of 6.54 g of acetone?

71. A small airplane takes on 245 L of fuel. If the density of the fuel
is 0.821 g/mL, what mass of fuel has the airplane taken on?

72. Human fat has a density of 0.918 g/cm®. How much volume
(in cm?) is gained by a person who gains 10.0 Ib of pure fat?

The Reliability of a Measurement and Significant Figures

73. Read each measurement to the correct number of significant
figures. Laboratory glassware should always be read from the
bottom of the meniscus.

=80
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74.

75.

76.

77.

78.

79.

80.

81.

82.

Chapter 1  Matter, Measurement, and Problem Solving

Read each measurement to the correct number of significant
figures. Laboratory glassware should always be read from
the bottom of the meniscus. Digital balances normally display
mass to the correct number of significant figures for that
particular balance.

(a)

For each number, underline the zeroes that are significant and
draw an x through the zeroes that are not.

a. 1,050,501 km b. 0.0020 m

c. 0.000000000000002 s d. 0.001090 cm

For each number, underline the zeroes that are significant and
draw an x through the zeroes that are not.

a. 180,701 mi b. 0.001040 m

c. 0.005710 km d. 90,201 m

How many significant figures are in each number?

a. 0.000312 m b. 312,000 s

¢ 3.12 X 10° km d. 13,127 s

e. 2000

How many significant figures are in each number?

a. 0.1111s b. 0.007 m

c. 108,700 km d. 1.563300 X 10" m
e. 30,800

Which numbers are exact (and therefore have an unlimited
number of significant figures)?

a. 7™ =314

b. 12 inches = 1 foot

c. EPA gas mileage rating of 26 miles per gallon

d. 1 gross = 144

Indicate the number of significant figures in each number. If the
number is an exact number, indicate an unlimited number of
significant figures.

a. 305,435,087 (2008 U.S. population)

b. 254cm = lin

c. 11.4 g/cm’ (density of lead)

d. 12 = 1 dozen

Round each number to four significant figures.
a. 156.852 b. 156.842
c. 156.849 d. 156.899

Round each number to three significant figures.
a. 79,845.82 b. 1.548937 X 10’
c. 2.3499999995 d. 0.000045389

Significant Figures in Calculations

83.

84.

Calculate to the correct number of significant figures.
a. 9.15 + 4970

b. 1.54 X 0.03060 X 0.69

c. 27.5 X 1.82 + 100.04

d. (2.290 X 10% =+ (6.7 X 10%

Calculate to the correct number of significant figures.
a. 89.3 X 77.0 X 0.08

b. (5.01 X 109 =+ (7.8 X 10%)

c. 4.005 X 74 X 0.007

d. 453 + 2.031

85.

86.

87.

88.

Calculate to the correct number of significant figures.
a. 43.7 — 2.341

b. 17.6 + 2.838 + 2.3 + 110.77

c. 19.6 + 58.33 — 4974

d. 599 — 5.572

Calculate to the correct number of significant figures.

a. 0.004 + 0.09879 b. 1239.3 + 9.73 + 3.42
c. 24— 1777 d. 532 + 7.3 — 48.523

Calculate to the correct number of significant figures.
a. (24.6681 X 2.38) + 332.58

b. (85.3 — 21.489) + 0.0059

c. (512 +986.7) + 5.44

d. [(28.7 X 10°) + 48.533] + 144.99

Calculate to the correct number of significant figures.
. (1.7 X 10% + (2.63 X 10% ] + 7.33

. (568.99 — 232.1) +~ 5.3

(9443 + 45 — 9.9) X 8.1 x 10°

. (3.14 X 2.4367) — 2.34

T oo

)

Unit Conversions

89.

90.

91.

92.

93.

94.

95.

96.

97.

98.

99.

100.

101.

102.

Perform each unit conversion.
a. 27.8 Ltocm’ b.
c. 198 kmtocm

1898 mg to kg

Perform each unit conversion.
a. 28.9 nm to um b.
c. 1211 Tm to Gm

Perform each unit conversion.

1432 cm? to L

a. 154 cmto in b. 3.14kgto g
c. 35Ltoqt d. 109 mm to in
Perform each unit conversion.

a. 1.4 in to mm b. 116 ft to cm
c. 1845kgtolb d. 815 yd to km

A runner wants to run 10.0 km. She knows that her running
pace is 7.5 miles per hour. How many minutes must she run?

A cyclist rides at an average speed of 18 miles per hour. If she
wants to bike 212 km, how long (in hours) must she ride?

A European automobile has a gas mileage of 17 km/L. What is
the gas mileage in miles per gallon?

A gas can holds 5.0 gallons of gasoline. Express this quantity
; 3
in cm’.

A house has an area of 195 m> What is its area in each unit?
a. km? b. dm? c. cm?

A bedroom has a volume of 115 m>. What is its volume in each
unit?

a. km’ b.
The average U.S. farm occupies 435 acres. How many square
miles is this? (1 acre = 43,560 ftz, 1 mile = 5280 ft)

Total U.S. farmland occupies 954 million acres. How many
square miles is this? (1 acre = 43,560 ftz, 1 mile = 5280 ft).
Total U.S. land area is 3.537 million square miles. What per-
centage of U.S. land is farmland?

3 3

dm C. cm

An acetaminophen suspension for infants contains 80 mg/
0.80 mL suspension. The recommended dose is 15 mg/kg body
weight. How many mL of this suspension should be given to an
infant weighing 14 1b? (Assume two significant figures.)

An ibuprofen suspension for infants contains 100 mg/5.0 mL
suspension. The recommended dose is 10 mg/kg body weight.

How many mL of this suspension should be given to an infant
weighing 18 1b? (Assume two significant figures.)



Cumulative Problems

103.

104.
105.

106.

107.

108.

109.

110.

111.

112.

113.

114.

115.

116.

117.

118.

119.

There are exactly 60 seconds in a minute, there are exactly 60
minutes in an hour, there are exactly 24 hours in a mean solar
day, and there are 365.24 solar days in a solar year. How many
seconds are in a solar year? Be sure to give your answer with
the correct number of significant figures.

Determine the number of picoseconds in 2.0 hours.
Classify each property as intensive or extensive.

a. volume b. boiling point
¢. temperature d. electrical conductivity
e. energy

At what temperatures are the readings on the Fahrenheit and
Celsius thermometers the same?

Suppose you design a new thermometer called the X thermom-
eter. On the X scale the boiling point of water is 130 °X and the
freezing point of water is 10 °X. At what temperature will the
readings on the Fahrenheit and X thermometers be the same?

On a new Jekyll temperature scale, water freezes at 17 °J and
boils at 97 °J. On another new temperature scale, the Hyde
scale, water freezes at 0 °H and boils at 120 °H. If methyl alco-
hol boils at 84 °H, what is its boiling point on the Jekyll scale?
Force is defined as mass times acceleration. Starting with SI base
units, derive a unit for force. Using SI prefixes, suggest a convenient
unit for the force resulting from a collision with a 10-ton trailer
truck moving at 55 miles per hour and for the force resulting from
the collision of a molecule of mass around 10~ kg moving almost
at the speed of light (3 X 10% m/s) with the wall of its container.
(Assume a 1-second deceleration time for both collisions.)

A temperature measurement of 25 °C has three significant fig-
ures, while a temperature measurement of —196 °C has only
two significant figures. Explain.

Do each calculation without using your calculator and give the
answers to the correct number of significant figures.

a. 1.76 X 1073/8.0 X 107

b. 187 X 1072 +2X107*—=3.0 x 1073

c. [(1.36 X 10%)(0.000322)/0.082](129.2)

The value of the Euro was recently $1.35 U.S. and the price of
1 liter of gasoline in France is 1.42 Euro. What is the price of 1
gallon of gasoline in U.S. dollars in France?

A thief uses a can of sand to replace a solid gold cylinder that
sits on a weight-sensitive, alarmed pedestal. The can of sand
and the gold cylinder have exactly the same dimensions
(length = 22 cm and radius = 3.8 cm).

a. Calculate the mass of each cylinder (ignore the mass of the
can itself). (density of gold = 19.3 g/em®, density of sand
= 3.00 gcm?)

b. Did the thief set off the alarm? Explain.

The proton has a radius of approximately 1.0 X 107" cm and a

mass of 1.7 X 107> g. Determine the density of a proton for a

sphere V = (4/3) mr°.

The density of titanium is 4.51 g/cm®. What is the volume (in

cubic inches) of 3.5 Ib of titanium?

The density of iron is 7.86 g/cm®. What is its density in pounds

per cubic inch (Ib/in®)?

A steel cylinder has a length of 2.16 in, a radius of 0.22 in, and

amass of 41 g. What is the density of the steel in gem??

A solid aluminum sphere has a mass of 85 g. Use the density of

aluminum to find the radius of the sphere in inches.

A backyard swimming pool holds 185 cubic yards (yd®) of
water. What is the mass of the water in pounds?

120.

121.

122.

123.

124.

125.

126.

127.

128.

129.

130.

131.

132.
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Exercises

An iceberg has a volume of 7655 cubic feet. What is the mass of
the ice (in kg) composing the iceberg (at 0 °C)?

The Toyota Prius, a hybrid electric vehicle, has an EPA gas
mileage rating of 52 mi/gal in the city. How many kilometers
can the Prius travel on 15 liters of gasoline?

The Honda Insight, a hybrid electric vehicle, has an EPA gas
mileage rating of 57 mi/gal in the city. How many kilometers
can the Insight travel on the amount of gasoline that would fit in
a soda can? The volume of a soda can is 355 mL.

The single proton that forms the nucleus of the hydrogen atom
has a radius of approximately 1.0 X 10~ '3 ¢cm. The hydrogen
atom itself has a radius of approximately 52.9 pm. What frac-
tion of the space within the atom is occupied by the nucleus?

A sample of gaseous neon atoms at atmospheric pressure and
0 °C contains 2.69 X 10?2 atoms per liter. The atomic radius of
neon is 69 pm. What fraction of the space is occupied by the
atoms themselves? What does this reveal about the separation
between atoms in the gaseous phase?

The diameter of a hydrogen atom is 212 pm. Find the length in
kilometers of a row of 6.02 X 10% hydrogen atoms. The diam-
eter of a ping pong ball is 4.0 cm. Find the length in kilometers
of arow of 6.02 X 10% ping pong balls.

The world’s record in the 100 m dash is 9.69 s, and in the
100 yard dash it is 9.21 s. Find the speed in miles/hr of the
runners who set these records. (Assume three significant figures
for 100 m and 100 yards.)

Table salt contains 39.33 g of sodium per 100 g of salt. The U.S.
Food and Drug Administration (FDA) recommends that adults
consume less than 2.40 g of sodium per day. A particular snack
mix contains 1.25 g of salt per 100 g of the mix. What mass of
the snack mix can an adult consume and still be within the FDA
limit? (Assume three significant figures for 100 g.)

Lead metal can be extracted from a mineral called galena,
which contains 86.6% lead by mass. A particular ore contains
68.5% galena by mass. If the lead can be extracted with 92.5%
efficiency, what mass of ore is required to make a lead sphere
with a 5.00 cm radius?

A length of #8 copper wire (radius = 1.63 mm) has a mass of

24.0 kg and a resistance of 2.061 ohm per km (Q/km). What is
the overall resistance of the wire?

Rolls of aluminum foil are 304 mm wide and 0.016 mm thick.
What maximum length of aluminum foil can be made from
1.10 kg of aluminum?

Liquid nitrogen has a density of 0.808 g/mL and boils at 77 K.
Researchers often purchase liquid nitrogen in insulated 175 L
tanks. The liquid vaporizes quickly to gaseous nitrogen (which
has a density of 1.15 g/L at room temperature and atmospheric
pressure) when the liquid is removed from the tank. Suppose
that all 175 L of liquid nitrogen in a tank accidentally vaporized
in a lab that measured 10.00 m X 10.00 m X 2.50 m. What
maximum fraction of the air in the room could be displaced by
the gaseous nitrogen?

Mercury is often used in thermometers. The mercury sits in
a bulb on the bottom of the thermometer and rises up a thin
capillary as the temperature rises. Suppose a mercury thermom-
eter contains 3.380 g of mercury and has a capillary that is
0.200 mm in diameter. How far does the mercury rise in the
capillary when the temperature changes from 0.0 °C to 25.0 °C?
The density of mercury at these temperatures is 13.596 gm®
and 13.534 g/em?, respectively.
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Challenge Problems

133.

134.

135.

136.

A force of 2.31 X 10*N is applied to a diver’s face mask that has
an area of 125 cm?. Find the pressure in atm on the face mask.

The SI unit of force is the Newton, derived from the base units
by using the definition of force, F = ma. The dyne is a non-SI
unit of force in which mass is measured in grams and time is
measured in seconds. The relationship between the two units is
1 dyne = 107 N. Find the unit of length used to define the dyne.

Kinetic energy can be defined as 1/2 mv? or as 3/2 PV. Show that
the derived SI units of each of these terms are those of energy.
(Pressure is force/area and force is mass X acceleration.)

In 1999, scientists discovered a new class of black holes with
masses 100 to 10,000 times the mass of our sun that occupy less
space than our moon. Suppose that one of these black holes has
amass of 1 X 10° suns and a radius equal to one-half the radius
of our moon. What is the density of the black hole in g/cm??
The radius of our sun is 7.0 X 10° km and it has an average
density of 1.4 X 10°kg / m®. The diameter of the moon is
2.16 X 10° miles.

. Suppose that polluted air has carbon monoxide (CO) levels of

15.0 ppm. An average human inhales about 0.50 L of air per
breath and takes about 20 breaths per minute. How many milli-
grams of carbon monoxide does the average person inhale in
an 8-hour period at this level of carbon monoxide pollution?
Assume that the carbon monoxide has a density of 1.2 g/L.
(Hint: 15.0 ppm CO means 15.0 L CO per 10° L air.)

Conceptual Problems

141.

A volatile liquid (one that easily evaporates) is put into a jar and
the jar is then sealed. Does the mass of the sealed jar and its
contents change upon the vaporization of the liquid?

138.

139.

140.

142.

Nanotechnology, the field of building ultrasmall structures one
atom at a time, has progressed in recent years. One potential appli-
cation of nanotechnology is the construction of artificial cells. The
simplest cells would probably mimic red blood cells, the body’s
oxygen transporters. Nanocontainers, perhaps constructed of car-
bon, could be pumped full of oxygen and injected into a person’s

bloodstream. If the person needed additional oxygen—due to a

heart attack perhaps, or for the purpose of space travel—these con-

tainers could slowly release oxygen into the blood, allowing tissues
that would otherwise die to remain alive. Suppose that the nanocon-
tainers were cubic and had an edge length of 25 nanometers.

a. What is the volume of one nanocontainer? (Ignore the thick-
ness of the nanocontainer’s wall.)

b. Suppose that each nanocontainer could contain pure oxygen
pressurized to a density of 85 g/L. How many grams of
oxygen could be contained by each nanocontainer?

c¢. Air typically contains about 0.28 g of oxygen per liter. An
average human inhales about 0.50 L of air per breath and
takes about 20 breaths per minute. How many grams of
oxygen does a human inhale per hour? (Assume two signifi-
cant figures.)

d. What is the minimum number of nanocontainers that a person
would need in his or her bloodstream to provide 1 hour’s
worth of oxygen?

e. What is the minimum volume occupied by the number of
nanocontainers calculated in part d? Is such a volume feasi-
ble, given that total blood volume in an adult is about 5 liters?

Approximate the percent increase in waist size that occurs when
a 155 1b person gains 40.0 Ib of fat. Assume that the volume of
the person can be modeled by a cylinder that is 4.0 feet tall. The
average density of a human is about 1.0 g/cm?, and the density
of fat is 0.918 g/cm’.

A box contains a mixture of small copper spheres and small
lead spheres. The total volume of both metals is measured by
the displacement of water to be 427 cm®, and the total mass is
4.36 kg. What percentage of the spheres are copper?

The diagram shown first represents solid carbon dioxide, also
known as dry ice. Which of the other diagrams best represents
the dry ice after it has sublimed into a gas?




143. A cube has an edge length of 7 cm. If it is divided up into 1 cm
cubes, how many 1 cm cubes are there?

144. Substance A has density of 1.7 g/cm®. Substance B has a den-
sity of 1.7 kg/m>. Without doing any calculations, determine
which substance is most dense.

145. For each box, examine the blocks attached to the balances.
Based on their positions and sizes, determine which block is
more dense (the dark block or the lighter-colored block), or if
the relative densities cannot be determined. (Think carefully
about the information being shown.)

(©

Answers to Conceptual Connections

Laws and Theories

1.1 (b) A law only summarizes a series of related observations; a
theory gives the underlying reasons for them.

Pure Substances and Mixtures
1.2

Exercises 43

146. Let a triangle represent atoms of element A and a circle repre-

sent atoms of element B.

a. Draw an atomic level view of a homogenous mixture of ele-
ments A and B.

b. Draw an atomic view of the compound AB in a liquid state
(molecules close together).

¢. Draw an atomic view of the compound AB after it has
undergone a physical change (such as evaporation).

d. Draw an atomic view of the compound after it has undergone a
chemical change (such as decomposition of AB into A and B).

147. Identify each statement as being most like an observation, a

law, or a theory.

a. All coastal areas experience two high tides and two low
tides each day.

b. The tides in Earth’s oceans are caused mainly by the gravita-
tional attraction of the moon.

c. Yesterday, high tide in San Francisco Bay occurred at
2:43 A.M. and 3:07 p.m.

d. Tides are higher at the full moon and new moon than at other
times of the month.

Chemical and Physical Changes

1.3 View (a) best represents the water after vaporization. Vaporiza-
tion is a physical change, so the molecules must remain the same
before and after the change.

The Mass of a Gas

1.4 No, the mass does not change. The water vaporizes and becomes
a gas, but the water molecules are still present within the flask
and have the same mass.

Prefix Multipliers

1.5 The prefix micro (10™°) is appropriate. The measurement would
be reported as 55.7 pm.

Density

1.6 (c) The copper sample expands. However, because its mass remains
constant while its volume increases, its density decreases.
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Atoms and Elements

These observations have tacitly led to the conclusion which
seems universally adopted, that all bodies of sensible magnitude . . .
are constituted of a vast number of extremely small particles, or atoms

of matter . . ..
—John Dalton (1766-1844)
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could you go? Could you divide it forever? Would you eventually run into some basic particles

that were no longer divisible, not because of their sheer smallness, but because of the nature of
matter? This fundamental question about the nature of matter has been asked by thinkers for over
two millennia. The answers they reached, however, have varied over time. On the scale of
everyday objects, matter appears continuous, or infinitely divisible. Until about 200 years ago,
many scientists thought that matter was indeed continuous—but they were proven wrong. If you
were to divide the graphite from your pencil tip into smaller and smaller pieces (far smaller than
the eye could see), you would eventually end up with individual carbon atoms. The word atom
comes from the Greek atomos, meaning “indivisible.” You cannot divide a carbon atom into
smaller pieces and still have carbon. Atoms compose all ordinary matter—if you want to
understand matter, you must begin by understanding atoms.

I F YOU CUT A PIECE OF GRAPHITE from the tip of a pencil into smaller and smaller pieces, how far



2.1 Imaging and Moving Individual Atoms

On March 16, 1981, Gerd Binnig and Heinrich Rohrer worked late into the night in their
laboratory at IBM in Zurich, Switzerland. They were measuring how an electrical current—
flowing between a sharp metal tip and a flat metal surface—depended on the separation
between the tip and the surface. The results of that night’s experiment and subsequent
results over the next several months won Binnig and Rohrer a share of the 1986 Nobel
Prize in Physics. Their work also led to the development of scanning tunneling microscopy
(STM), a technique that can image, and even move, individual atoms and molecules.

A scanning tunneling microscope works by moving an extremely sharp electrode
(an electrical conductor) over a surface and measuring the resulting tunneling current,
the electrical current that flows between the tip of the electrode and the surface even
though the two are not in physical contact (Figure 2.1 »).

The tunneling current, as Binnig and Rohrer discovered that night in their laboratory
at IBM, is extremely sensitive to distance, making it possible to maintain a precise
separation between the tip and the surface by moving the tip up or down to compensate

The tip of a scanning tunneling
microscope (STM) moves across an
atomic surface.

45
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» FIGURE 2.1 Scanning
Tunneling Microscopy In this
technique, an atomically sharp
tip is scanned across a surface.
The tip is kept at a fixed
distance from the surface by
moving it up and down so as
to maintain a constant
tunneling current. The motion
of the tip is recorded to create

Movement of tip is used to create
an image with atomic resolution.

Pattern followed
during scan

an image of the surface with Rows of
atomic resolution. atoms
Tip is scanned across surface and
Distance kept moved up and down to maintain
constant constant tunneling current.

» FIGURE 2.2 Imaging Atoms

(a) A scanning tunneling microscope
image of iodine atoms (green) on a
platinum surface (blue). (b) The
Japanese Kanji characters for “atom”
written with iron atoms (red) on a
copper surface (blue). The copper
atoms are not as distinct as the iron
atoms, but they appear as blue ripples
in the background.

Tunneling current is extremely
sensitive to distance.

for changes in current. As the tip goes over an atom, therefore, the tip moves up away
from the surface to maintain constant current. As the tip goes over a gap between atoms,
it moves down toward the surface to maintain constant current. By measuring the
up-and-down movement of the tip as it scans a surface, the microscope creates an image
that shows the location of individual atoms on that surface (see Figure 2.2 (a) v).

In other words, Binnig and Rohrer developed a type of microscope that could “see”
atoms. When I was a child taking science in elementary school, my teachers always told
me that, although scientists were certain that matter was made of atoms, we could not see
them, even with the most powerful microscopes (and probably never would) because
they were too small. Today, with STM, we can form incredible images of atoms and mol-
ecules. Later work by other scientists showed that STM can also be used to pick up and
move individual atoms or molecules, allowing structures and patterns to be made one
atom at a time. Figure 2.2 (b), for example, shows the Kanji characters for the word
“atom” written with individual iron atoms on top of a copper surface. If all of the words
in the books in the Library of Congress—35 million books occupying 840 miles of
shelves—were written in letters the size of these Kanji characters, they would fit into an
area of about 5 square millimeters.

As we discussed in Chapter 1, it was only 200 years ago that John Dalton proposed
his atomic theory. Today we can image atoms, move them, and even build tiny machines
out of just a few dozen atoms (an area of research called nanotechnology). These
atomic machines, and the atoms that compose them, are almost unimaginably small.
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To get an idea of the size of an atom, imagine picking up a grain of sand at a beach. That
grain contains more atoms than you could count in a lifetime. In fact, the number of
atoms in one sand grain far exceeds the number of grains on an entire beach.

In spite of their small size, atoms are the key to connecting the macroscopic and
microscopic worlds. An afom is the smallest identifiable unit of an element. There are
about 91 different naturally occurring elements. In addition, scientists have succeeded in
making over 20 synthetic elements (elements not found in nature). In this chapter, we
learn about atoms: what they are made of, how they differ from one another, and how
they are structured. We also learn about the elements that are composed of these different
kinds of atoms, and about some of their characteristic properties. We will also discuss
how the elements can be organized in a way that reveals patterns in their properties and
helps us to understand what underlies those properties.

2.2 Early Ideas about the Building Blocks of Matter

The first people to propose that matter was composed of small, indestructible particles
were Leucippus (fifth century B.C., exact dates unknown) and his student Democritus
(460-370 B.C.). These Greek philosophers theorized that matter was ultimately composed
of small, indivisible particles they named atomos. Democritus wrote, “Nothing exists
except atoms and empty space; everything else is opinion.” Leucippus and Democritus
proposed that many different kinds of atoms existed, each different in shape and size,
and that they moved randomly through empty space. Other influential Greek thinkers
of the time, such as Plato and Aristotle, did not embrace the atomic ideas of Leucippus
and Democritus. Instead, they held that matter had no smallest parts and that different
substances were composed of various proportions of fire, air, earth, and water. Since there
was no experimental way to test the relative merits of the competing ideas, Aristotle’s
view prevailed, largely because he was so influential. The idea that matter was composed
of atoms took a back seat in intellectual thought for nearly 2000 years.

In the sixteenth century modern science began to emerge. A greater emphasis on
observation led Nicolaus Copernicus (1473-1543) to publish On the Revolution of the
Heavenly Orbs in 1543. The publication of that book—which proposed that the sun, not
Earth, was at the center of the universe—marks the beginning of what we now call
the scientific revolution. The next 200 years—and the work of scientists such as Francis
Bacon (1561-1626), Johannes Kepler (1571-1630), Galileo Galilei (1564-1642),
Robert Boyle (1627-1691), and Isaac Newton (1642—1727)—brought rapid advance-
ment as the scientific approach became the established way to learn about the physical
world. By the early 1800s certain observations led the English chemist John Dalton
(1766-1844) to offer convincing evidence that supported the early atomic ideas of
Leucippus and Democritus.

2.3 Modern Atomic Theory and the Laws That Led to It

Recall the discussion of the scientific approach to knowledge from Chapter 1. The
theory that all matter is composed of atoms grew out of observations and laws. The three
most important laws that led to the development and acceptance of the atomic theory
are the law of conservation of mass, the law of definite proportions, and the law of
multiple proportions.

The Law of Conservation of Mass

In 1789, as we saw in Chapter 1, Antoine Lavoisier formulated the law of conservation
of mass, which states:

In a chemical reaction, matter is neither created nor destroyed.

The exact number of naturally occurring
elements is controversial because some
elements that were first discovered when
they were synthesized are helieved to also he
present in trace amounts in nature.
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We will see in Chapter 19 that this law

is a slight oversimplification. However,
the changes in mass in ordinary chemical
processes are so minute that they can be
ignored for all practical purposes.

The law of definite proportions is sometimes
called the law of constant composition.

In other words, when a chemical reaction occurs, the total mass of the substances
involved in the reaction does not change. For example, consider the reaction between
sodium and chlorine to form sodium chloride.

Na(s) Cl,(g) NaCl(s)

7.7 g Na 11.9¢gCl, 19.6 g NaCl

Y

Total mass = 19.6 g

[ Mass of reactants = Mass of product }

The combined mass of the sodium and chlorine that react (the reactants) exactly
equals the mass of the sodium chloride that forms (the product). This law is consistent
with the idea that matter is composed of small, indestructible particles. The particles
rearrange during a chemical reaction, but the amount of matter is conserved because the
particles themselves are indestructible (at least by chemical means).

Conceptlﬁl%q

ormnection 2.1 The Law of Conservation of Mass

When a small log completely burns in a campfire, the mass of the ash is much less than
the mass of the log. What happens to the matter that composed the log?

The Law of Definite Proportions

In 1797, a French chemist named Joseph Proust (1754-1826) made observations on
the composition of compounds. He found that the elements composing a given com-
pound always occur in fixed (or definite) proportions in all samples of the compound. In
contrast, the components of a mixture can be present in any proportions whatsoever. He
summarized his observations in the law of definite proportions:

All samples of a given compound, regardless of their source or how they
were prepared, have the same proportions of their constituent elements.

For example, the decomposition of 18.0 g of water results in 16.0 g of oxygen and 2.0 g
of hydrogen, or an oxygen-to-hydrogen mass ratio of
16.0 g O

Mass ratio = m = 8.0 or 8:1
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This ratio holds for any sample of pure water, regardless of its origin. The law of
definite proportions applies to every compound. Consider ammonia, a compound
composed of nitrogen and hydrogen. Ammonia contains 14.0 g of nitrogen for every
3.0 g of hydrogen, resulting in a nitrogen-to-hydrogen mass ratio of 4.7:

14.0 g N

28T 47 or 470
30 g H o

Mass ratio =

Again, this ratio is the same for every sample of ammonia. The law of definite proportions
also hints at the idea that matter is composed of atoms. Compounds have definite propor-
tions of their constituent elements because the atoms that compose them, each with its
own specific mass, occur in a definite ratio. Since the ratio of atoms is the same for all
samples of a particular compound, the ratio of masses is also the same.

EXAMPLE 2.1 Law of Definite Proportions

Two samples of carbon dioxide are decomposed into their constituent elements. One
sample produces 25.6 g of oxygen and 9.60 g of carbon, and the other produces 21.6 g
of oxygen and 8.10 g of carbon. Show that these results are consistent with the law of
definite proportions.

SOLUTION

To show this, calculate the mass ratio of
one element to the other for both samples

For the first sample:

Mass oxygen  25.6

by dividing the mass of one element by the = = 2.67 or2.67:1
mass of the other. For convenience, divide Mass carbon 9.60
the larger mass by the smaller one. For the second sample:
Mass oxygen 21.6

YR 20 067 or2.67:1

Mass carbon  8.10

The ratios are the same for the two samples, so these results are consistent with the
law of definite proportions.

FOR PRACTICE 2.1

Two samples of carbon monoxide are decomposed into their constituent elements.
One sample produces 17.2 g of oxygen and 12.9 g of carbon, and the other sample
produces 10.5 g of oxygen and 7.88 g of carbon. Show that these results are
consistent with the law of definite proportions.

The Law of Multiple Proportions
In 1804, John Dalton published his law of multiple proportions:

When two elements (call them A and B) form two different compounds, the
masses of element B that combine with 1 g of element A can be expressed as
a ratio of small whole numbers.

Dalton already suspected that matter was composed of atoms, so that when two
elements A and B combine to form more than one compound, an atom of A combines
with either one, two, three, or more atoms of B (AB;, AB,, AB3, etc.). Therefore, the
masses of B that react with a fixed mass of A are always related to one another as small
whole-number ratios. Consider the compounds carbon monoxide and carbon dioxide,
which we discussed in the opening section of Chapter 1. Carbon monoxide and carbon
dioxide are two compounds composed of the same two elements: carbon and oxygen. We
saw in Example 2.1 that the mass ratio of oxygen to carbon in carbon dioxide is 2.67:1;
therefore, 2.67 g of oxygen reacts with 1 g of carbon. In carbon monoxide, however, the
mass ratio of oxygen to carbon is 1.33:1, or 1.33 g of oxygen to every 1 g of carbon.

Answers to For Practice and For More Practice
Problems can be found in Appendix IV.
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- Mass oxygen that combines

Carbon dioxide . with 1 g carbon = 2.67 g
. Mass oxygen that combines

Carbon monoxide . with 1 g carbon = 1.33 g

The ratio of these two masses is itself a small whole number.

Mass oxygen to 1 g carbon in carbon dioxide ~ 2.67 )

Mass oxygen to 1 g carbon in carbon monoxide 133

With the help of the molecular models, we can see why the ratio is 2:1—carbon dioxide
contains two oxygen atoms to every carbon atom, while carbon monoxide contains only
one. Of course, neither John Dalton nor Joseph Proust had access to any kind of modern
instrumentation that could detect individual atoms—Dalton supported his atomic ideas
primarily by using the masses of samples.

EXAMPLE 2.2 Law of Multiple Proportions

Nitrogen forms several compounds with oxygen, including nitrogen dioxide and
dinitrogen monoxide. Nitrogen dioxide contains 2.28 g oxygen to every 1.00 g
nitrogen, while dinitrogen monoxide contains 0.570 g oxygen to every 1.00 g nitrogen.
Show that these results are consistent with the law of multiple proportions.

SOLUTION
To show this, calculate the ratio of the mass of oxygen from Mass oxygento 1 g
one compound to the mass of oxygen in the other. Always nitrogen in nitrogen dioxide 2.28
. = = 4.00
divide the larger of the two masses by the smaller one. Mass oxygen to 1 g 0.570
nitrogen in dinitrogen monoxide

The ratio is a small whole number (4); these results are consistent with the law of
multiple proportions.

FOR PRACTICE 2.2

Hydrogen and oxygen form both water and hydrogen peroxide. The decomposition of a
sample of water forms 0.125 g hydrogen to every 1.00 g oxygen. The decomposition of
a sample of hydrogen peroxide forms 0.250 g hydrogen to every 1.00 g oxygen. Show
that these results are consistent with the law of multiple proportions.

Conce t@/? ,
P Corinection 2.2 The Laws of Definite and Multiple Proportions

Explain the difference between the law of definite proportions and the law of
multiple proportions.

John Dalton and the Atomic Theory

In 1808, John Dalton explained the laws just discussed with his atomic theory:

) i 1. Each element is composed of tiny, indestructible particles called atoms.
In Section 2.6, we will see that, contrary to

Dalton’s theory, all atoms of a given element 2. All atoms of a given element have the same mass and other properties that distinguish
do not have exactly the same mass. them from the atoms of other elements.
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. Atoms and Humans

ou and I are composed of atoms. We get those atoms from the

food we eat. Yesterday’s cheeseburger contributes to today’s
skin, muscle, and hair. Not only are we made of atoms, but we
are made of recycled atoms. The carbon atoms that compose our
bodies were used by other living organisms before we got them.
And they will be used by still others when we are done with
them. In fact, it is likely that at this moment, your body contains
some carbon atoms (over one trillion*) that were at one time part
of your chemistry professor.

The idea that humans are composed of atoms acting in
accord with the laws of chemistry and physics has significant
implications and raises important questions. If atoms compose
our brains, for example, do those atoms determine our thoughts
and emotions? Are our feelings caused by atoms acting
according to the laws of chemistry and physics?

“This calculation assumes that all of the carbon atoms metabolized by
your professor over the last 40 years have been uniformly distributed into

atmospheric carbon dioxide, and subsequently incorporated into the plants
that you have eaten.

Richard Feynman (1918-1988), a Nobel Prize-winning
physicist, said that “The most important hypothesis in all of
biology is that everything that animals do, atoms do. In other
words, there is nothing that living things do that cannot be
understood from the point of view that they are made of atoms
acting according to the laws of physics.” Indeed, biology has
undergone a revolution in the last 50 years, mostly through the
investigation of the atomic and molecular basis for life. Some
people have seen the atomic view of life as a devaluation of
human life. We have always wanted to distinguish ourselves from
everything else, and the idea that we are made of the same basic
particles as all other matter takes something away from that
distinction . . . or does it?

Questions

Do you find the idea that you are made of recycled atoms disturb-
ing? Why or why not? Reductionism is the idea that complex
systems can be understood by understanding their parts. Is reduc-
tionism a good way to understand humans? Is it the only way?

3. Atoms combine in simple, whole-number ratios to form compounds.

4. Atoms of one element cannot change into atoms of another element. In a chemical
reaction, atoms only change the way that they are bound together with other atoms.

Today, the evidence for the atomic theory is overwhelming. Matter is indeed composed

of atoms.

2.4 The Discovery of the Electron

By the end of the nineteenth century, scientists were convinced that matter is made
up of atoms, the permanent, supposedly indestructible building blocks that compose
everything. However, further experiments revealed that the atom itself is composed of
even smaller, more fundamental particles.

Cathode Rays

In the late 1800s an English physicist named J. J. Thomson (1856-1940), working at
Cambridge University, performed experiments to probe the properties of cathode rays.
Thomson constructed a partially evacuated glass tube called a cathode ray tube, shown
in Figure 2.3 v. Thomson then applied a high electrical voltage between two electrodes at

Anode

Cathode Cathode rays

Partially evacuated
glass tube

<« FIGURE 2.3 Cathode Ray Tube

High voltage
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Properties of Electrical Charge

Q- <o

Positive (red) and negative (yellow)

electrical charges attract one another.

«Q O~
-Q o=

‘ Positive charges repel one another.

Negative charges repel one another.

Q  o-Q¢o
0

+1 + (1) =

Positive and negative charges
of exactly the same magnitude
sum to zero when combined.

For a full explanation of electrical voltage,
see Chapter 18.

| The coulomb (C) is the SI unit for charge.

either end of the tube. He found that a beam of particles, called cathode rays, traveled
from the negatively charged electrode (which is called the cathode) to the positively
charged one (which is called the anode).

Thomson found that the particles that compose the cathode ray have the following
properties: they travel in straight lines, they are independent of the composition of the
material from which they originate (the cathode), and they carry a negative electrical
charge. Electrical charge is a fundamental property of some of the particles that com-
pose atoms and results in attractive and repulsive forces—called electrostatic forces—
between those particles. The area around a charged particle where these forces exist is
called an electric field. The characteristics of electrical charge are summarized in the
figure in the margin. You have probably experienced excess electrical charge when
brushing your hair on a dry day. The brushing action causes the accumulation of
charged particles in your hair, which repel each other, making your hair stand on end.

J. J. Thomson measured the charge-to-mass ratio of the cathode ray particles by
deflecting them using electric and magnetic fields, as shown in Figure 2.4 v. The
value he measured, —1.76 X 10® coulombs (C) per gram, implied that the cathode
ray particle was about 2000 times lighter (less massive) than hydrogen, the lightest
known atom. These results were incredible—the indestructible atom could apparently
be chipped!

J. J. Thomson had discovered the electron, a negatively charged, low mass parti-
cle present within all atoms. He wrote, ““We have in the cathode rays matter in a new
state, a state in which the subdivision of matter is carried very much further . . . a state
in which all matter . . . is of one and the same kind; this matter being the substance
from which all the chemical elements are built up.”

Millikan’s Qil Drop Experiment: The Charge of the Electron

In 1909, American physicist Robert Millikan (1868—1953), working at the University of
Chicago, performed his now famous oil drop experiment in which he deduced the charge
of a single electron. The apparatus for the oil drop experiment is shown in Figure 2.5 ».
In his experiment, Millikan sprayed oil into fine droplets using an atomizer. The
droplets were allowed to fall under the influence of gravity through a small hole into
the lower portion of the apparatus where Millikan viewed them with the aid of a light
source and a viewing microscope. During their fall, the drops acquired electrons that had
been produced by bombarding the air in the chamber with ionizing radiation (a kind of
energy described in Chapter 7). The electrons imparted a negative charge to the drops. In
the lower portion of the apparatus, Millikan could create an electric field between two

Charge-to-Mass Ratio of the Electron

Evacuated tube

. Elec;rifatlly Undeflected Deflected
charged plates electron beam beams

Electric and magnetic fields
deflect electron beam.

Magnet

A FIGURE 2.4 Thomson’s Measurement of the Charge-to-Mass Ratio of the Electron  J. J. Thomson used
electric and magnetic fields to deflect the electron beam in a cathode ray tube. By measuring the
strengths at which the effects of the two fields (electric and magnetic) canceled exactly, leaving the
beam undeflected, he was able to calculate the charge-to-mass ratio of the electron.
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Charged oil droplets are
suspended in electric field.

Negatively
charged plate

metal plates. Since the lower plate was negatively charged, and since Millikan could vary
the strength of the electric field, he could slow or even reverse the free fall of the
negatively charged drops. (Remember that like charges repel each other.)

By measuring the strength of the electric field required to halt the free fall of the
drops, and by figuring out the masses of the drops themselves (determined from their
radii and density), Millikan calculated the charge of each drop. He then reasoned that,
since each drop must contain an integral (or whole) number of electrons, the charge of
each drop must be a whole-number multiple of the electron’s charge. Indeed, Millikan
was correct; the measured charge on any drop was always a whole-number multiple of
—1.60 X 107! C, the fundamental charge of a single electron.

With this number in hand, and knowing Thomson’s mass-to-charge ratio for electrons,
we can deduce the mass of an electron:

Charge X 2% — mass
—1.60 X 107 ¢ x W =9.10 X 1073 g

As Thomson had correctly determined, this mass is about 2000 times lighter than
hydrogen, the lightest atom.

Why did scientists work so hard to measure the charge of the electron? Since the
electron is a fundamental building block of matter, scientists want to know its properties,
including its charge. The magnitude of the charge of the electron is of tremendous impor-
tance because it determines how strongly an atom holds its electrons. Imagine how
matter would be different if electrons had a much smaller charge, so that atoms held
them more loosely. Many atoms might not even be stable. On the other hand, imagine
how matter would be different if electrons had a much greater charge, so that atoms held
them more tightly. Since atoms form compounds by exchanging and sharing electrons
(more on this in Chapter 3), there could be fewer compounds or maybe even none.
Without the abundant diversity of compounds, life would not be possible. So, the magni-
tude of the charge of the electron—even though it may seem like an insignificantly small
number—has great importance.

co"cept@@nection 2.3 The Millikan 0il Drop Experiment

Suppose that one of Millikan’s oil drops has a charge of —4.8 X 107! C. How many
excess electrons does the drop contain?
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<« FIGURE 2.5 Millikan’s Measurement
of the Electron’s Charge Millikan
calculated the charge on oil droplets
falling in an electric field. He found
that it was always a whole-number
multiple of —1.60 X 107" C, the
charge of a single electron.
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Electron

Sphere of
positive charge

[ Plum-pudding model]

Alpha particles are ahout 7000 times more
massive than electrons.

P FIGURE 2.6 Rutherford’s Gold Foil
Experiment  Alpha particles were
directed at a thin sheet of gold foil.
Most of the particles passed
through the foil, but a small fraction
were deflected, and a few even
bounced backward.

2.5 The Structure of the Atom

The discovery of negatively charged particles within atoms raised a new question. Since
atoms are charge-neutral, they must contain a positive charge that neutralizes the negative
charge of the electrons—but how do the positive and negative charges fit together? Are
atoms just a jumble of even more fundamental particles? Are they solid spheres? Do they
have some internal structure? J. J. Thomson proposed that the negatively charged elec-
trons were small particles held within a positively charged sphere, as shown at left.

This model, the most popular of the time, became known as the plum-pudding
model. The model suggested by Thomson, to those of us not familiar with plum pudding
(an English dessert), was like a blueberry muffin, where the blueberries are the electrons
and the muffin is the positively charged sphere.

The discovery of radioactivity—the emission of small energetic particles from the core
of certain unstable atoms—by scientists Henri Becquerel (1852-1908) and Marie Curie
(1867-1934) at the end of the nineteenth century allowed researchers to experimentally
probe the structure of the atom. At the time, scientists had identified three different types of
radioactivity: alpha («) particles, beta (8) particles, and gamma (y) rays. We will discuss
these and other types of radioactivity in more detail in Chapter 19. For now, just know that «
particles are positively charged and that they are by far the most massive of the three.

In 1909, Ernest Rutherford (1871-1937), who had worked under Thomson and
subscribed to his plum-pudding model, performed an experiment in an attempt to confirm
Thomson’s model. Rutherford’s experiment, which employed « particles, proved it
wrong instead. In the experiment, Rutherford directed the positively charged « particles
at an ultrathin sheet of gold foil, as shown in Figure 2.6 v.

These particles were to act as probes of the gold atoms’ structure. If the gold atoms
were indeed like blueberry muffins or plum pudding—with their mass and charge spread
throughout the entire volume of the atom—these speeding probes would pass right
through the gold foil with minimum deflection.

Rutherford and his coworkers performed the experiment, but the results were not
what they expected. The majority of the particles did pass directly through the foil, but
some particles were deflected, and some (approximately 1 in 20,000) even bounced
back. The results puzzled Rutherford, who wrote that they were “about as credible as if
you had fired a 15-inch shell at a piece of tissue paper and it came back and hit you.”
What sort of atomic structure could explain this odd behavior?

Rutherford created a new model—a modern version of which is shown in
Figure 2.7 » alongside the plum-pudding model—to explain his results.

Rutherford’s Gold Foil Experiment

Most « particles pass through
with little or no deflection.

Gold foil
A few « particles are deflected T

through large angles.

Alpha particles

Source

Detector
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Rutherford realized that to account for the deflections he observed, the mass and
positive charge of an atom must be concentrated in a space much smaller than the size of
the atom itself. He concluded that, in contrast to the plum-pudding model, matter must
not be as uniform as it appears. It must contain large regions of empty space dotted with
small regions of very dense matter. Building on this idea, he proposed the nuclear
theory of the atom, with three basic parts:

1. Most of the atom’s mass and all of its positive charge are contained in a small core
called the nucleus.

2. Most of the volume of the atom is empty space, throughout which tiny, negatively
charged electrons are dispersed.

3. There are as many negatively charged electrons outside the nucleus as there are posi-
tively charged particles (named protons) within the nucleus, so the atom is electri-
cally neutral.

Although Rutherford’s model was highly successful, scientists realized that it was
incomplete. For example, hydrogen atoms contain one proton, and helium atoms contain
two, yet a hydrogen atom has only one-fourth the mass of a helium atom. Why? The
helium atom must contain some additional mass. Later work by Rutherford and one of
his students, British scientist James Chadwick (1891-1974), demonstrated that the previ-
ously unaccounted for mass was due to neutrons, neutral particles within the nucleus.
The mass of a neutron is similar to that of a proton, but a neutron has no electrical charge.
The helium atom is four times as massive as the hydrogen atom because it contains two
protons and two neutrons (while hydrogen contains only one proton and no neutrons).

The dense nucleus contains over 99.9% of the mass of the atom but occupies very
little of its volume. For now, we can think of the electrons that surround the nucleus in
analogy to the water droplets that make up a cloud—although their mass is almost
negligibly small, they are dispersed over a very large volume. Consequently, an atom,
like a cloud, is mostly empty space.

Rutherford’s nuclear theory was a success and is still valid today. The revolutionary part
of this theory is the idea that matter—at its core—is much less uniform than it appears. If the
nucleus of the atom were the size of the period at the end of this sentence, the average elec-
tron would be about 10 meters away. Yet the period would contain nearly all of the atom’s
mass. Imagine what matter would be like if atomic structure were different. What if matter
were composed of atomic nuclei piled on top of each other like marbles in a box? Such mat-
ter would be incredibly dense; a single grain of sand composed of solid atomic nuclei would
have a mass of 5 million kilograms (or a weight of about 11 million pounds). Astronomers
believe there are some objects in the universe composed of such matter—neutron stars.

If matter really is mostly empty space, as Rutherford suggested, then why does it
appear so solid? Why can we tap our knuckles on a table and feel a solid thump? Matter
appears solid because the variation in its density is on such a small scale that our eyes
cannot see it. Imagine a scaffolding 100 stories high and the size of a football field as
shown at right. The volume of the scaffolding is mostly empty space. Yet if you viewed it
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<« FIGURE 2.7 The Nuclear Atom
Rutherford’s results could not be
explained by the plum-pudding
model. Instead, they suggested
that the atom has a small,

dense nucleus.
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NI

If a proton had the mass of a
baseball, an electron would have
the mass of a rice grain.

Negative charge builds up on clouds.

Electrical discharge equalizes
charge imbalance.

Positive charge builds up on ground.

A When the normal charge balance
of matter is disturbed, as happens
during an electrical storm, it quickly
equalizes, often in dramatic ways.

from an airplane, it would appear as a solid mass. Matter is similar. When you tap
your knuckle on the table, it is much like one giant scaffolding (your finger) crashing
into another (the table). Even though they are both primarily empty space, one does not
fall into the other.

2.6 Subatomic Particles: Protons, Neutrons,
and Electrons in Atoms

All atoms are composed of the same subatomic particles: protons, neutrons, and
electrons. Protons and neutrons, as we saw earlier, have nearly identical masses. In
SI units, the mass of the proton is 1.67262 X 10~ %" kg, and the mass of the neutron
is 1.67493 X 107* kg. A more common unit to express these masses is the atomic
mass unit (amu), defined as 1/12 the mass of a carbon atom containing six protons and
six neutrons. The mass of a proton or neutron is approximately 1 amu. Electrons, by
contrast, have an almost negligible mass of 0.00091 X 10~%” kg or 0.00055 amu.

The proton and the electron both have electrical charge. We know from Millikan’s
oil drop experiment that the electron has a charge of —1.60 X 10~ C. In atomic
(or relative) units, the electron is assigned a charge of —1 and the proton is assigned a
charge of +1. The charge of the proton and the electron are equal in magnitude but oppo-
site in sign, so that when the two particles are paired, the charges sum to zero. The neu-
tron has no charge.

Matter is usually charge-neutral (it has no overall charge) because protons and
electrons are normally present in equal numbers. When matter does acquire charge
imbalances, these imbalances usually equalize quickly, often in dramatic ways. For exam-
ple, the shock you receive when touching a doorknob during dry weather is the equaliza-
tion of a charge imbalance that developed as you walked across the carpet. Lightning is an
equalization of charge imbalances that develop during electrical storms as shown at left.

A sample of matter—even a tiny sample, such as a sand grain—composed of only
protons or only electrons, would have extraordinary repulsive forces inherent within it
and would be unstable. Luckily, matter is not that way. Table 2.1 summarizes the proper-
ties of protons, neutrons, and electrons.

TABLE 2.1 Subatomic Particles

Mass (kg) Mass (amu) Charge (relative) Charge (C)
Proton 1.67262 x 1077 1.00727 +1 +1.60218 x 107
Neutron  1.67493 X 10~%’ 1.00866 0 0
Electron 0.00091 X 10°% 0.00055 -1 —1.60218 X 1071

Elements: Defined by Their Numbers of Protons

If all atoms are composed of the same subatomic particles, what makes the atoms of one
element different from those of another? The answer is the number of these particles.
The most important number to the identity of an atom is the number of protons in its
nucleus. The number of protons defines the element. For example, an atom with 2 protons
in its nucleus is a helium atom, an atom with 6 protons in its nucleus is a carbon atom
(Figure 2.8 »), and an atom with 92 protons in its nucleus is a uranium atom. The number
of protons in an atom’s nucleus is its atomic number and is given the symbol Z. The
atomic numbers of known elements range from 1 to 116 (although additional elements
may still be discovered), as shown in the periodic table of the elements (Figure 2.9 »).
In the periodic table, described in more detail in Section 2.7, the elements are arranged
so that those with similar properties are in the same column.

Each element, identified by its unique atomic number, is represented with a unique
chemical symbol, a one- or two-letter abbreviation listed directly below its atomic
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The Number of Protons Defines the Element

Helium
nucleus:
two protons

Carbon

nucleus:
six protons

number on the periodic table. The chemical symbol for helium is He; for carbon, it is C;
and for uranium, it is U. The chemical symbol and the atomic number always go together.
If the atomic number is 2, the chemical symbol must be He. If the atomic number is 6,
the chemical symbol must be C. This is another way of saying that the number of protons
defines the element.

Most chemical symbols are based on the English name of the element. For example,
the symbol for sulfur is S; for oxygen, O; and for chlorine, CI. Several of the oldest

The Periodic Table

<« FIGURE 2.8 How Elements Differ
Each element is defined by

a unique atomic number (Z), the
number of protons in the nucleus of
every atom of that element.

V FIGURE 2.9 The Periodic Table Each
element is represented by its symbol
and atomic number. Elements in the
same column have similar properties.

Atomic number (Z)

4
Be —1—— Chemical symbol
1 beryllium 2
H He
hydrogen ~— Name helium
3 4 5 6 7 8 9 10
Li Be B C N o F Ne
lithium | beryllium boron carbon nitrogen oxygen fluorine neon
11 12 13 14 15 16 17 18
Na Mg Al Si P S Cl Ar
sodium ‘magnesium Jumi silicon phosph sulfur chlorine argon
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
potassium | calcium scandium | titanium vanadium | chromium | manganese iron cobalt nickel copper zinc gallium germanium arsenic selenium bromine krypton
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
rubidium | strontium yttrium zirconium | niobium lybd hneti heni rhodium | palladium silver cadmium indium tin antimony | tellurium iodine Xenon
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
cesium barium lanthanum hafnium tantalum tungsten rhenium osmium iridium platinum gold mercury thallium lead bismuth | polonium astatine radon
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 Cn ot Fl ot Lv ot ot
francium radium actinium dubni: borgi bohrium hassium | meitnerium i genil pernicit flerovium livermorium
58 59 60 61 62 63 64 65 66 67 68 69 70 71
Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Yb Lu
cerium i dymi hi samarium | europium | gadolinjum | terbium dysprosium | holmium erbium thulium ytterbium | lutetium
90 91 92 93 94 95 96 97 98 99 100 101 102 103
Th Pa U Np Pu Am Cm Bk Cf Es Fm Md No Lr
thorium | protactinium | uranium | neptunium | plutonium | americium curium berkelium | californium | einsteinium | fermium | mendeleviom | nobelium | lawrencium
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known elements, however, have symbols based on their original Latin names. For

96 example, the symbol for sodium is Na from the Latin natrium, and the symbol for tin is
Sn from the Latin stannum. Early scientists often gave newly discovered elements names
Cm that reflect their properties. For example, argon originates from the Greek word argos

meaning inactive, referring to argon’s chemical inertness (it does not react with other
elements). Chlorine originates from the Greek word chloros meaning pale green, refer-
Curium ring to chlorine’s pale green color. Other elements, including helium, selenium, and
mercury, are named after figures from Greek or Roman mythology or astronomical
bodies. Still others (such as europium, polonium, and berkelium) are named for the
places where they were discovered or where their discoverers were born. More recently,
elements have been named after scientists; for example, curium for Marie Curie, einstei-
nium for Albert Einstein, and rutherfordium for Ernest Rutherford.

Isotopes: When the Number of Neutrons Varies

All atoms of a given element have the same number of protons; however, they do not
necessarily have the same number of neutrons. Since neutrons have nearly the same mass
as protons (1 amu), this means that—contrary to what John Dalton originally proposed in
his atomic theory—all atoms of a given element do not have the same mass. For example,
all neon atoms contain 10 protons, but they may contain 10, 11, or 12 neutrons. All three
types of neon atoms exist, and each has a slightly different mass. Atoms with the same
number of protons but different numbers of neutrons are called isotopes. Some elements,
such as beryllium (Be) and aluminum (Al), have only one naturally occurring isotope,
while other elements, such as neon (Ne) and chlorine (Cl), have two or more.

The relative amount of each different isotope in a naturally occurring sample of a
given element is roughly constant. For example, in any natural sample of neon atoms,
90.48% of them are the isotope with 10 neutrons, 0.27% are the isotope with 11 neutrons,
and 9.25% are the isotope with 12 neutrons. These percentages are called the natural
abundance of the isotopes. Each element has its own characteristic natural abundance of
isotopes. However, advances in mass spectrometry (see Section 2.8) have allowed
accurate measurements that reveal small but significant variations in the natural abun-
dance of isotopes for many elements.

The sum of the number of neutrons and protons in an atom is its mass number and
is represented by the symbol A:

o

3 (2

A Element 96 is named curium,
after Marie Curie, co-discoverer of
radioactivity.

A = number of protons (p) + number of neutrons (n)

For neon, with 10 protons, the mass numbers of the three different naturally occurring
isotopes are 20, 21, and 22, corresponding to 10, 11, and 12 neutrons, respectively.
We symbolize isotopes using the notation:

Mass number ~

-, X <= Chemical symbol

Atomic number =

where X is the chemical symbol, A is the mass number, and Z is the atomic number.
Therefore, the symbols for the neon isotopes are:
foNe fNe TiNe

Notice that the chemical symbol, Ne, and the atomic number, 10, are redundant: if the
atomic number is 10, the symbol must be Ne. The mass numbers, however, are different
for the different isotopes, reflecting the different number of neutrons in each one.

A second common notation for isotopes is the chemical symbol (or chemical name)
followed by a dash and the mass number of the isotope.

Chemical symbol ~ Mass number
or name

In this notation, the neon isotopes are

Ne-20 Ne-21 Ne-22
neon-20 neon-21  neon-22
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We summarize what we have learned about the neon isotopes in the following table:

Number of Number of Natural
Symbol Protons Neutrons A (Mass Number) Abundance (%)
Ne—20 or 2)Ne 10 10 20 90.48
Ne—21 or 3 Ne 10 11 21 0.27
Ne—22 or 3Ne 10 12 22 9.25

Notice that all isotopes of a given element have the same number of protons (otherwise
they would be different elements). Notice also that the mass number is the sum of the
number of protons and the number of neutrons. The number of neutrons in an isotope is
therefore the difference between the mass number and the atomic number (A-Z). The
different isotopes of an element generally exhibit the same chemical behavior—the three
isotopes of neon, for example, all exhibit chemical inertness.

EXAMPLE 2.3 Atomic Numbers, Mass Numbers, and Isotope Symbols

(a) What are the atomic number (Z), mass number (A), and symbol of the chlorine
isotope with 18 neutrons?

(b) How many protons, electrons, and neutrons are present in an atom of 53Cr?
SOLUTION

(a) Look up the atomic number (Z) for chlorine on the periodic table. The | Z =17, so chlorine has 17 protons.
atomic number specifies the number of protons.

The mass number (A) for an isotope is the sum of the number of A = number of protons + number of neutrons
protons and the number of neutrons. =17 + 18 =35
The symbol for an isotope is its two-letter abbreviation with the $Cl

atomic number (Z) in the lower left corner and the mass number (A)
in the upper left corner.

(b) For any isotope (in this case 33Cr) the number of protons is indicated Number of protons = Z = 24
by the atomic number located at the lower left. Since this is a neutral Number of electrons = 24 (neutral atom)
atom, the number of electrons equals the number of protons.
The number of neutrons is equal to the mass number (upper left) minus | Number of neutrons = 52 — 24 = 28
the atomic number (lower left).

FOR PRACTICE 2.3

(a) What are the atomic number, mass number, and symbol for the carbon isotope
with seven neutrons?
(b) How many protons and neutrons are present in an atom of j9K?

Concept aI'c/o?nection 2.4 1sotopes

Carbon has two naturally occurring isotopes: C-12 (natural abundance is 98.93%)
and C-13 (natural abundance is 1.07%). Using circles to represent protons and squares to
represent neutrons, draw the nucleus of each isotope. How many C-13 atoms are present,
on average, in a 10,000-atom sample of carbon?

lons: Losing and Gaining Electrons

The number of electrons in a neutral atom is equal to the number of protons in its nucleus
(designated by its atomic number Z). During chemical changes, however, atoms can lose
or gain electrons and become charged particles called ions. For example, neutral lithium
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Where Did Elements Come From?

We find ourselves on a planet containing many different kinds of
elements. If it were otherwise, we would not exist and would not be
here to reflect on why. Where did these elements come from? The story
of element formation is as old as the universe itself, and we have to go
back to the very beginning to tell the story.

The birth of the universe is described by the big bang theory, which
asserts that the universe began as a hot, dense collection of matter and
energy that expanded rapidly. As it expanded, it cooled, and within the
first several hours, subatomic particles formed the first atomic nuclei:
hydrogen and helium. These two elements were (and continue to be) the
most abundant in the universe. As the universe continued expanding,
some of the hydrogen and helium clumped together under the influence of
gravity to form nebulae (clouds of gas) that eventually gave birth to stars
and galaxies. These stars and galaxies became the nurseries where all
other elements formed.

Stars are fueled by nuclear fusion, which we discuss in more detail in
Chapter 19. Under the conditions within the core of a star, hydrogen
nuclei can combine (or fuse) to form helium. Fusion gives off enormous
quantities of energy, which is why stars emit so much heat and light. The
fusion of hydrogen to helium can fuel a star for billions of years.

After it burns through large quantities of hydrogen, if a star is large
enough, the helium that builds up in its core can in turn fuse to form
carbon. The carbon then builds up in the core and (again, if the star is
large enough) can fuse to form even heavier elements. The fusion
process ends with iron, which has a highly stable nucleus. By the time
iron is formed, however, the star is near the end of its existence and may

enter a phase of expansion, transforming into a supernova. Within a A Stars are born in nebulae such as the
supernova, which is in essence a large exploding star, a shower of Eagle Nebula (also known as M16).
neutrons allows the lighter elements (which formed during the lifetime of ~ This image was taken by the Hubble Space
the star through the fusion processes just described) to capture extra Telescope and shows a gaseous pillar in a

neutrons. These neutrons can transform into protons (through processes star-forming region of the Eagle Nebula.

that we discuss in Chapter 19), contributing ultimately to the formation of
elements heavier than iron, all the way up to uranium. As the supernova
continues to expand, the elements present within it are blown out into
space, where they can incorporate into other nebulae and perhaps even
eventually form planets that orbit stars like our own sun.

(Li) atoms contain three protons and three electrons; however, in many chemical reac-
tions lithium atoms lose one electron (e~) to form Li™ ions.

Li—»Li" +1e”

The charge of an ion is indicated in the upper right corner of the chemical symbol. Since
the Li* ion contains three protons and only two electrons, its charge is 14 (ion charges
are written as the magnitude first followed by the sign of the charge; for a charge of 1+,
the 1 is usually dropped and the charge is written as simply +).

Tons can also be negatively charged. For example, neutral fluorine (F) atoms contain
nine protons and nine electrons; however, in many chemical reactions fluorine atoms
gain one electron to form F~ ions.

F+1le —F
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The F~ ion contains nine protons and ten electrons, resulting in a charge of 1— (written
simply as —). For many elements, such as lithium and fluorine, the ion is much more com-
mon than the neutral atom. In fact, lithium and fluorine occur in nature mostly as ions.

Positively charged ions, such as Li™, are called cations, and negatively charged
ions, such as F, are called anions. Ions behave quite differently than their corresponding
atoms. Neutral sodium atoms, for example, are extremely unstable, reacting violently
with most things they contact. Sodium cations (Na™), by contrast, are relatively inert—
we eat them all the time in sodium chloride (table salt). In ordinary matter, cations and
anions always occur together so that matter is charge neutral overall.

Concept alé )

Coninection 2.5 The Nuclear Atom, Isotopes, and lons

In light of the nuclear model for the atom, which statement is true?

(a) For a given element, the size of an isotope with more neutrons is larger than one with
fewer neutrons.

(b) For a given element, the size of an atom is the same for all of the element’s isotopes.

2.7 Finding Patterns: The Periodic Law

and the Periodic Table

The modern periodic table grew out of the work of Dmitri Mendeleev (1834-1907),
a nineteenth-century Russian chemistry professor. In his time, scientists had discov-
ered about 65 different elements, and chemists had identified many of the properties
of these elements—such as their relative masses, their chemical activity, and some
of their physical properties. However, no one had developed any systematic way of
organizing them.

Time of Discover
H ¥ He
hydrogen helium
\:' Before 1800 I:' 1800-1849 I:' 1850-1899
Li Be B C N o F Ne
lithium | beryllium \:I 1900-1949 \:I 1950-2012 boron carbon | nitrogen | oxygen | fluorine neon
Na Mg Al Si B S Cl Ar
sodium [ magnesium aluminum | silicon [ phosphorus | sulfur | chlorine | argon
K Ca Sc Ti v Cr | Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr
P i calcium di titanium di hromi iron cobalt nickel copper zinc gallium | germanium | arsenic | selenium | bromine | krypton
Rb Sr Y Zr Nb | Mo Tc Ru Rh Pd Ag Cd In Sn Sb Te I Xe
rubidium | strontium | yttrium | zirconium | niobium | molybd hneti heni rhodium | palladi silver | cadmium | indium tin antimony | tellurium | iodine xenon
Cs Ba La Hf Ta w Re Os Ir Pt Au | Hg Tl Pb Bi Po At Rn
cesium | barium |lanthanum | | hafnium | tantalum | tungsten | rhenium | osmium | iridium | platinum gold mercury | thallium lead bismuth | polonium | astatine radon
Fr Ra Ac Rf Db Sg Bh Hs Mt Ds Rg Cn Fl Lv
francium | radium ini jum [ dubni borgi bohrium | hassium | meitnerium | darmstadtium | roentgenium | copernicium flerovium livermorium
Ce Pr Nd | Pm | Sm | Eu Gd | Tb | Dy | Ho Er | Tm | Yb Lu
cerium |praseodymi dymi hium | samarium P gadolinit terbium | dysprosium | holmium | erbium | thulium | ytterbium | lutetium
Th Pa U Np Pu [ Am | Cm | Bk Cf Es Fm | Md | No Lr
thorium ini uranium ptuni ) i americium | curium | berkelium | californium | einsteinium | fermium | mendelevium | nobelium | lawrencium

A Many of the elements that we know today were discovered during Mendeleev’s lifetime.

61



62 Chapter 2 Atoms and Elements

P FIGURE 2.10 Recurring Properties
These elements are listed in order of
increasing atomic number. Elements
with similar properties are represented
with the same color. Notice that the
colors form a repeating pattern, much
like musical notes form a repeating
pattern on a piano keyboard.

To he periodic means to exhibit a repeating
pattern.

Eka means “the one beyond” or “the next
one in a family of elements”. So, eka-silicon
means the element beyond silicon in the
same family as silicon.
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A Dmitri Mendeleev, a Russian
chemistry professor who proposed the
periodic law and arranged early
versions of the periodic table, was
honored on a Soviet postage stamp.

» FIGURE 2.11 Making a Periodic Table
We can arrange the elements in

Figure 2.10 in a table in which atomic

number increases from left to right and
elements with similar properties

(as represented by the different colors)
are aligned in columns.

The Periodic Law
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{ Elements with similar properties recur in a regular pattern. }

In 1869, Mendeleev noticed that certain groups of elements had similar properties.
He also found that when he listed elements in order of increasing mass, these similar
properties recurred in a periodic pattern (Figure 2.10 a).

Mendeleev summarized these observations in the periodic law:

When the elements are arranged in order of increasing mass, certain sets of
properties recur periodically.

Mendeleev organized the known elements in a table consisting of a series of rows in
which mass increases from left to right. He arranged the rows so that elements with
similar properties fall in the same vertical columns (Figure 2.11 v).

Since many elements had not yet been discovered, Mendeleev’s table contained
some gaps, which allowed him to predict the existence (and even the properties) of yet
undiscovered elements. For example, Mendeleev predicted the existence of an element
he called eka-silicon, which fell below silicon on the table and between gallium and
arsenic. In 1886, eka-silicon was discovered by German chemist Clemens Winkler
(1838-1904), who named it germanium, after his home country.

Mendeleev’s original listing evolved into the modern periodic table shown in
Figure 2.12 ». In the modern table, elements are listed in order of increasing atomic num-
ber rather than increasing relative mass. The modern periodic table also contains more
elements than Mendeleev’s original table because more have been discovered since his
time. Mendeleev’s periodic law was based on observation. Like all scientific laws, the
periodic law summarizes many observations but does not give the underlying reason for the
observations—only theories do that. For now, we accept the periodic law as it is, but in
Chapters 7 and 8 we will examine a powerful theory—called quantum mechanics—that
explains the law and gives the underlying reasons for it.

We can broadly classify the elements in the periodic table as metals, nonmetals, or
metalloids, as shown in Figure 2.12. Metals lie on the lower left side and middle of the
periodic table and share some common properties: they are good conductors of heat and
electricity, they can be pounded into flat sheets (malleability), they can be drawn into
wires (ductility), they are often shiny, and they tend to lose electrons when they undergo
chemical changes. Chromium, copper, strontium, and lead are typical metals.

Nonmetals lie on the upper right side of the periodic table. The dividing line
between metals and nonmetals is the zigzag diagonal line running from boron to astatine.
Nonmetals have varied properties—some are solids at room temperature, others are

A Simple Periodic Table

1 2
H He
3 4 5 6 7 8 9 10
Li [Be[ B |C | N | O Ne
1|12 |13 | 14| 15| 16 | 17 | 18
Na [Mg | Al | Si | P S | Cl | Ar
19 | 20
K | Ca

Elements with similar properties
fall into columns.
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A FIGURE 2.12 Metals, Nonmetals, and Metalloids The elements in the periodic table fall into these
three broad classes.

liquids or gases—but as a whole they tend to be poor conductors of heat and electricity
and they all tend to gain electrons when they undergo chemical changes. Oxygen, carbon,
sulfur, bromine, and iodine are nonmetals.

Many of the elements that lie along the zigzag diagonal line that divides metals and
nonmetals are metalloids and exhibit mixed properties. Several metalloids are also
classified as semiconductors because of their intermediate (and highly temperature-
dependent) electrical conductivity. Our ability to change and control the conductivity of
semiconductors makes them useful to us in the manufacture of the electronic chips and
circuits central to computers, cellular telephones, and many other modern devices. Good
examples of metalloids include silicon, arsenic, and antimony.

The periodic table, as shown in Figure 2.13», can also be divided into
main-group elements, whose properties tend to be largely predictable based on their
position in the periodic table, and transition elements or transition metals, whose
properties tend to be less predictable based simply on their position in the periodic table.
Main-group elements are in columns labeled with a number and the letter A. Transition
elements are in columns labeled with a number and the letter B. An alternative number-
ing system does not use letters, but only the numbers 1-18. Both numbering systems are
shown in most of the periodic tables in this book. Each column within the main-group
regions of the periodic table is a family or group of elements.

The elements within a group usually have similar properties. For example, the group
8A elements, called the noble gases, are mostly unreactive. The most familiar noble gas
is probably helium, used to fill buoyant balloons. Helium is chemically stable—it does
not combine with other elements to form compounds—and is therefore safe to put into
balloons. Other noble gases are neon (often used in electronic signs), argon (a small
component of our atmosphere), krypton, and xenon.

Sulfur

Bromine

h

Todine

>
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A FIGURE 2.13 The Periodic Table: Main-Group and Transition Elements The elements in the
periodic table fall into columns. The two columns at the left and the six columns at the right
comprise the main-group elements. Each of these eight columns is a group or family.

The properties of main-group elements can generally be predicted from their position in the
periodic table. The properties of the elements in the middle of the table, known as transition
elements, are less predictable.

The group 1A elements, called the alkali metals, are all reactive metals. A marble-
sized piece of sodium explodes violently when dropped into water. Lithium, potassium,
and rubidium are also alkali metals.

The group 2A elements, called the alkaline earth metals, are also fairly reactive,
although not quite as reactive as the alkali metals. Calcium, for example, reacts fairly
vigorously when dropped into water but does not explode as dramatically as sodium.
Other alkaline earth metals include magnesium (a common low-density structural metal),
strontium, and barium.

The group 7A elements, the halogens, are very reactive nonmetals. One of the most
familiar halogens is chlorine, a greenish-yellow gas with a pungent odor. Because of its
reactivity, chlorine is used as a sterilizing and disinfecting agent. Other halogens include
bromine, a red-brown liquid that easily evaporates into a gas; iodine, a purple solid; and
fluorine, a pale-yellow gas.

lons and the Periodic Table

We have learned that, in chemical reactions, metals tend to lose electrons (forming
cations) and nonmetals tend to gain them (forming anions). The number of electrons lost
or gained, and therefore the charge of the resulting ion, is often predictable for a given
element, especially main-group elements. Main-group elements tend to form ions that
have the same number of electrons as the nearest noble gas (i.e., the noble gas that has
the number of electrons closest to that of the element).

* A main-group metal tends to lose electrons, forming a cation with the same
number of electrons as the nearest noble gas.

* A main-group nonmetal tends to gain electrons, forming an anion with the same
number of electrons as the nearest noble gas.

For example, lithium, a metal with 3 electrons, tends to lose 1 electron, forming a
1+ cation that has the same number of electrons (2) as helium. Chlorine, a nonmetal with
17 electrons, tends to gain 1 electron, forming a 1— anion that has the same number of
electrons (18) as argon.
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Elements That Form lons with Predictable Charges
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A FIGURE 2.14 Elements That Form lons with Predictable Charges

In general, the alkali metals (group 1A) tend to lose one electron and form 1+ ions.
The alkaline earth metals (group 2A) tend to lose two electrons and form 2+ ions. The
halogens (group 7A) tend to gain one electron and form 1— ions. The oxygen family
nonmetals (group 6A) tend to gain two electrons and form 2— ions. More generally,
for the main-group elements that form cations with predictable charge, the charge is
equal to the group number. For main-group elements that form anions with predictable
charge, the charge is equal to the group number minus eight. Transition elements may
form various different ions with different charges. Figure 2.14 a shows the ions formed
by the main-group elements that form ions with predictable charges. In Chapters 7 and 8§,
we will introduce quantum-mechanical theory, which more fully explains why these
groups form ions as they do.

EXAMPLE 2.4 Predicting the Charge of Ions

Predict the charges of the monoatomic (single atom) ions formed by these main-group
elements.

(a) Al

) S

SOLUTION

(a) Aluminum is a main-group metal and tends to lose electrons to form a
cation with the same number of electrons as the nearest noble gas.
Aluminum atoms have 13 electrons and the nearest noble gas is neon, which
has 10 electrons. Aluminum therefore loses 3 electrons to form a cation with
a 3+ charge (AI’").
(b) Sulfur is a nonmetal and tends to gain electrons to form an anion with the same
number of electrons as the nearest noble gas. Sulfur atoms have 16 electrons
and the nearest noble gas is argon, which has 18 electrons. Sulfur therefore gains
2 electrons to form an anion with a 2— charge (S*).

FOR PRACTICE 2.4

Predict the charges of the monoatomic ions formed by these main-group elements.
(a N

(b) Rb

65
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The Elements of Life

hat kind of atoms compose us? In terms of mass, our bodies

are 65% oxygen (because of the large amount of water),
18% carbon, and 10% hydrogen, with a few other elements
present in smaller quantities, as shown in Figure 2.15 »
and Table 2.2. Because the atoms of different elements have
different masses (more on this in Sections 2.8 and 2.9), if we
consider number of atoms (instead of mass), hydrogen comes in
first (because hydrogen atoms are so light), with oxygen second
and carbon third.

0

H Oxygen: 65% M Calcium: 1.5%
W Carbon: 18% Phosphorus: 1%

TABLE 2.2 Approximate Percent Elemental Composition Hydrogen: 10% Other: 1.5%

of Humans /
. . at @ Nitrogen: 3%
Element % by Mass % by Number of Atoms A FIGURE 2.15 Elemental Composition of Humans (by Mass)
Oxygen 65 26.4
Carbon 18 92 Much of the chemistry of life revolves not around oxygen
Hydrogen 10 62.3 or hydrogen but around the chemistry of carbon, an element
Nitrogen 3 1.4 that forms a disproportionately large number of compounds
Calcium 15 0.2 with a few other elements such as hydrogen, oxygen, and
Phosphorus 1 03 mtrog'en. We Yvﬂl explc')re th.e chemistry of ca'rbon—callec'l
organic chemistry—briefly in Chapter 3 and in more detail
Other 1.5 0.2 in Chapter 20.
2.8 Atomic Mass: The Average Mass
of an Element’s Atoms
An important part of Dalton’s atomic theory is that all atoms of a given element have
the same mass. In Section 2.6, we learned that because of isotopes, the atoms of a given
Atomic mass is sometimes called atomic element often have different masses, so Dalton was not completely correct. We can,
weight or standard atomic weight. however, calculate an average mass—called the atomic mass—for each element.
The atomic mass of each element is directly beneath the element’s symbol in the
17 periodic table and represents the average mass of the isotopes that compose that element,
Cl weighted according to the natural abundance of each isotope. For example, the periodic
35 45 table lists the atomic mass of chlorine as 35.45 amu. Naturally occurring chlorine con-
hi o sists of 75.77% chlorine-35 atoms (mass 34.97 amu) and 24.23% chlorine-37 atoms
chlorine (mass 36.97 amu). We can calculate its atomic mass:
Atomic mass = 0.7577(34.97 amu) + 0.2423(36.97 amu) = 35.45 amu
In this book, we use the atomic masses Notice that the atomic mass of chlorine is closer to 35 than 37. Naturally occurring chlorine
recommended by IUPAC for users needing an contains more chlorine-35 atoms than chlorine-37 atoms, so the weighted average mass of

atomic mass value for an unspecified sample.
Detailed studies of the atomic masses of

many samples, however, have shown that

atomic masses are not constants of nature Atomic mass = E(fraction of isotope 1) X (mass of isotope n)
because the exact isotopic abundances in
any given sample depend on the history of
the sample (See the Chemistry in Your Day
hox later in this section). + (fraction of isotope 2 X mass of isotope 2)

chlorine is closer to 35 amu than to 37 amu.
In general, we calculate the atomic mass with the equation

n

= (fraction of isotope 1 X mass of isotope 1)

+ (fraction of isotope 3 X mass of isotope 3) + ...

When percentages are used in calculations, where the fractions of each isotope are the percent natural abundances converted to their

we convert them to their decimal value by decimal values. The concept of atomic mass is useful because it allows us to assign a

dividing by 100. characteristic mass to each element and, as we will see shortly, it allows us to quantify
the number of atoms in a sample of that element.
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EXAMPLE 2.5 Atomic Mass

Copper has two naturally occurring isotopes: Cu-63 with a mass of 62.9396 amu and a
natural abundance of 69.17%, and Cu-65 with a mass of 64.9278 amu and a natural
abundance of 30.83%. Calculate the atomic mass of copper.

SOLUTION
Convert the percent natural abundances into Fraction Cu-63 = 69.17 0.6017
decimal form by dividing by 100. raction Cu-63 = — = = 0.69
30.83
Fraction Cu-65 = ——— = 0.3083
raction Cu 100

FOR PRACTICE 2.5

and 25.98 amu and natural abundances of 78.99%, 10.00%, and 11.01%, respectively.
Calculate the atomic mass of magnesium.

FOR MORE PRACTICE 2.5

Gallium has two naturally occurring isotopes: Ga-69 with a mass of 68.9256 amu and
a natural abundance of 60.11%, and Ga-71. Use the atomic mass of gallium from the
periodic table to find the mass of Ga-71.

Magnesium has three naturally occurring isotopes with masses of 23.99 amu, 24.99 amu,

Calculate the atomic mass using the equation Atomic mass = 0.6917(62.9396 amu) + 0.3083(64.9278 amu)
given in the text. = 43.5353 amu + 20.0172 amu = 63.5525 = 63.55 amu

co“cemﬁ\r@ﬂectiﬂﬂ 2.6 Atomic Mass

Recall from Conceptual Connection 2.4 that carbon has two naturally occurring isotopes:
C-12 (natural abundance is 98.93%; mass is 12.0000 amu) and C-13 (natural abundance
is 1.07%; mass is 13.0034 amu). Without doing any calculations, determine which mass
is closest to the atomic mass of carbon.

(a) 12.00 amu (b) 12.50 amu (¢) 13.00 amu

Mass Spectrometry: Measuring the Mass of Atoms and Molecules

The masses of atoms and the percent abundances of isotopes of elements are measured
using mass spectrometry, a technique that separates particles according to their mass.
In a mass spectrometer, such as the one in Figure 2.16 v, the sample (containing the

Mass Spectrometer

V FIGURE 2.16 The Mass Spectrometer
Atoms are converted to positively
charged ions, accelerated, and passed
through a magnetic field that deflects
their path. The heaviest ions undergo
the least deflection.

Heater
vaporizes

sample
— e
Sample Ir ‘iﬁ' /

Beam of
charged particles

Electron beam '
ionizes sample Electrically

plates

Electric field
accelerates particles

Magnetic field separates particles
based on ratio of mass to charge.

charged Magnets Lightest
particles

Detector

Heaviest
particles
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Cl-35
100%

®

2

£ N

g 0% Cl-37
|

35 37
Mass

A FIGURE 2.17 The Mass Spectrum of
Chlorine  The position of each peak
on the x-axis indicates the mass of the
isotope. The intensity (or height) of the
peak indicates the relative abundance
of the isotope. The intensity of the
highest peak is usually set to 100%
and the intensity of all other peaks

is reported relative to the most

intense one.

atoms whose mass is to be measured) is injected into the instrument and vaporized. The
vaporized atoms are ionized by an electron beam—the electrons in the beam collide with
the atoms, removing electrons and creating positively charged ions. The ions are then
accelerated into a magnetic field. When ions drift through a magnetic field, they experi-
ence a force that bends their trajectory. The amount of bending depends on the mass of the
ions—the trajectories of lighter ions are bent more than those of heavier ones.

In the right side of the spectrometer shown in Figure 2.16, you can see three different
paths, each corresponding to ions of different mass. Finally, the ions strike a detector and
produce an electrical signal that is recorded. The result is the separation of the ions accord-
ing to their mass, producing a mass spectrum such as the one in Figure 2.17 «. The position
of each peak on the x-axis indicates the mass of the isotope that was ionized, and the intensity
(indicated by the height of the peak) indicates the relative abundance of that isotope.

The mass spectrum of an elemental sample can be used to determine the atomic
mass of that sample of the element. For example, consider the mass spectrum of a
naturally occurring sample of silver.

100%

50%

Intensity %

107 109
Mass (amu)

The two peaks correspond to the two naturally occurring isotopes of silver. We can
determine the percent abundance of each isotope from the intensity of each line. How-
ever, the total intensity must be normalized—it must be made to equal 100%. We can
accomplish this by dividing the intensity of each peak by the total intensity:

100.0%
100.0% + 92.90%

92.90%
100.0% + 92.90%

Abundance of Ag-107 =

X 100% = 51.84%

Abundance of Ag-109 = X 100% = 48.16%

Then we can calculate the atomic mass of silver.
Ag atomic mass = 0.5184 (106.905 amu) + 0.4816 (108.904 amu)
= 55.4195 amu + 52.4482 amu = 107.8677 = 107.87 amu

Mass spectrometry can also be used on molecules. Because molecules often fragment
(break apart) during ionization, the mass spectrum of a molecule usually contains many
peaks representing the masses of different parts of the molecule, as well as a peak represent-
ing the mass of the molecule as a whole. The fragments that form upon ionization, and
therefore the corresponding peaks that appear in the mass spectrum, are specific to the mol-
ecule, so a mass spectrum is like a molecular fingerprint. Mass spectroscopy can be used to
identify an unknown molecule and to determine how much of it is present in a particular
sample. For example, mass spectrometry has been used to detect organic (carbon-containing)
compounds present in meteorites, a puzzling observation that some scientists speculate may
be evidence of life outside of our planet. Most scientists think that the carbon compounds in
meteorites probably formed in the same way as the first organic molecules on Earth, indicat-
ing that the formation of organic molecules may be common in the universe.

Since the early 1990s, researchers have also successfully applied mass spectrometry
to biological molecules, including proteins (the workhorse molecules in cells) and
nucleic acids (the molecules that carry genetic information). For a long time, these
molecules could not be analyzed by mass spectrometry because they were difficult to
vaporize and ionize without being destroyed but modern techniques have overcome this
problem. A tumor, for example, can now be instantly analyzed by mass spectrometry to
determine whether it contains specific proteins associated with cancer.
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Evolving Atomic Masses

At the beginning of 2011, IUPAC (International Union the source of the sample. For example, the lower

of Pure and Applied Chemistry) published a new bound for the atomic mass of oxygen (15.99 amu)
periodic table with atomic masses that looked different comes from measurements of oxygen from Antarctic
from previous IUPAC periodic tables. For the first precipitation and the upper bound (16.00 amu)
time, instead of listing a single atomic mass for each comes from measurements of oxygen in marine N,O
element, IUPAC listed upper and lower bounds for the (dinitrogen monoxide). Although we have long
atomic masses of several elements (see the following treated atomic masses as constants of nature, they
periodic table). For example, previous IUPAC periodic are not, and the new periodic table reflects this.
tables reported the atomic mass of O (rounded to So what do we do if we need an atomic mass for
four significant figures) as 16.00. However, the new an element of unknown or unspecified origin?
periodic table reports the atomic mass as [15.99, IUPAC has recommended values that apply to most
16.00] denoting the upper and lower bounds for the samples found on Earth. The values are rounded so
possible atomic masses of terrestrial oxygen. that atomic mass variations in samples found on
Why did this happen? The changes were Earth are plus or minus one in the last digit (just like
necessary because developments in mass accepted significant figure conventions). These
spectrometry have increasingly demonstrated that the values are adopted throughout all of the periodic
atomic masses of several elements are not constant tables in this book except the one shown here, which
from one sample to another because the isotopic displays the upper and lower bound for those
composition is not constant from one sample to elements in which variation occurs. For further
another. In other words, the isotopic composition of reading see [UPAC. Pure Appl. Chem. 2011, 83(2),
a sample of a given element can vary depending on 359-396.
1 18
B IUPAC Periodic Table of the Elements e
hydrogen hakum
1,007, 1.008) 2 Kay: 13 14 15 16 7 400
3 4 alomic number 5 -] 7 8 9 10
Li Be Symbol B C N o} F Ne
Bhiurn barylium rama bocon carbon nitrogin axygen fusring et
16.938. 8.997] a2 glangind alomi unight V080 108 | [1200:12.02) | [14.00 1401 | [15.99; 1800 1900 20.18
1 12 13 14 15 16 7 18
Na | Mg Al Si P S Cl Ar
wz::“ v 3 4 5 & 7 8 8 10 n 12 w:.:m m:?:w 097 mz::’:::w r»sdr;a‘:q o
19 20 2 o] 23 24 ] 26 27 28 2 30 # a2 33 34 35 36
K Ca Sc Ti \) Cr | Mn Fe Co Ni Cu | Zn | Ga | Ge | As Se Br Kr
potassium calcium scandium arium vanadium chromium | manganese iron cobalt nickel copper zire alium gesrnanium ansanic salenium becaming kryplon
3050 40,08 4408 AT 5004 8200 4 5583 ) .69 6359 053802y 09.72 T8 T4.02 78983} Te.80 8180
kT 38 39 40 a1 4z 43 44 45 46 a7 48 48 50 51 52 53 54
Rb Sr Y Zr Nb Mo Tc Ru Rh Pd Ag Cd In Sn Sb Te 1 Xe
rubsdium strontium yitrium Firconum niobium molybdenum | technetium nuthanam rhodium paliadium silvar cadmium indium tin antimony tollurium ioding XONON
8547 araz 8891 "Nz w2 5.96(2) 1011 1029 1084 wre 1124 114.8 nar 1218 1278 1289 1313
56 56 57-71 T2 73 74 75 TG i 78 T8 80 a1 8z 83 B4 a5 86
Cs Ba | owencss | HF Ta w Re Os Ir Pt Au Hg TI Pb Bi Po At Rn
cansium barium hafriium tantabim tungstan rhanium asmium ridium platinum ok marcury thallum [ bt potonium astating Fnddon
1328 1373 1Tas 1809 1838 1862 1902 1522 1851 1870 2000 [204.2; 204 4) 072 080
a7 a8 104 105 106 107 108 109 110 m 112 14 186
Fr Ra Rf Db Sg Bh Hs Mt Ds Rg Cn Fl Lv
francium radum dubakim bohiem hassam ] Rarovium veanoeium
1 I
1 I
57 58 53 B0 &1 62 63 64 65 68 &7 68 L] 70 T
La Ce Pr Nd | Pm | Sm | Eu Gd Tb Dy Ho Er Tm | Yb Lu
tanthanum | cerum ‘samaium gadolinium | tarbium | dysprosium | holmium arbium thutum yilebim | hutetium
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Notes

- IUPAC 2009 Standard atomic weights abridged 1o four significant digits (Toble 4 published in Pure Appl. Chem, 83, 359-396 (2011);

doi: 10,1351 /PACREP-10:09-14). The uncertainty in the last digit of the siandard alomic weight value is listed in parentheses following the value.
In the absence of parentheses, the uncerainty is one in that last digit. An interval in square brackets provides the kower and upper baunds of the
standard clomic weight for that element, Mo values are listed for elements which lock isctopes with o charoclerislic isctopic abundance in natural
teneshiol samples. See PAC for more detals.

“Aluminum” and “cesium” ore commonty used allemative spellings for “aluminium” and “coesium.”

INTERNATIONAL UNION OF - Claims for the discovery of oll the remaining elements in the last row of the Table, namely elements with otomic numbers 113, 115, 117 and 118,
PURE AND APPLIED CHEMISTRY and for which no assignments have yel been made, are being considered by a IUPAC and IUPAR Jaint Werking Party.

For updales lo this toble, see ivpoc.org/reports/ periodic_toble/. This version is doted 1 June 2012,
Copyright @ 2012 IUPAC, the International Union of Pure and Applied Chemistry.
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Twenty-two copper pennies
contain approximately 1 mol
of copper atoms.

Before 1982, when they hecame almost all
zinc with only a copper coating, pennies
were mostly copper.

contains approximately 1

One tablespoon of water
mole of water molecules.

One tablespoon is approximately 15 mL;
1 mole of water occupies 18 mL.

2.9 Molar Mass: Counting Atoms by Weighing Them

Have you ever bought shrimp by count? Shrimp is normally sold by count, which
indicates the number of shrimp per pound. For example, 41-50 count shrimp means that
there are between 41 and 50 shrimp per pound. The smaller the count, the larger the
shrimp. Big tiger prawns have counts as low as 10—15, which means that each shrimp
can weigh up to 1/10 of a pound. One advantage of categorizing shrimp in this way
is that we can count the shrimp by weighing them. For example, two pounds of 41-50
count shrimp contains between 82 and 100 shrimp.

A similar (but more precise) concept exists for atoms. Counting atoms is much more
difficult than counting shrimp, yet as chemists we often need to know the number of
atoms in a sample of a given mass. Why? Because chemical processes happen between
particles. For elements, those particles are atoms. For example, when hydrogen and
oxygen combine to form water, two hydrogen atoms combine with one oxygen atom to
form one water molecule. If we want to know how much hydrogen to react with a given
mass of oxygen to form water, we need to know the number of atoms in the given mass
of oxygen. We also need to know the mass of hydrogen that contains exactly twice that
number of atoms.

As another example consider intravenous fluids—fluids that are delivered to patients
by directly dripping them into veins. These fluids are saline (sodium chloride) solutions
that must have a specific number of sodium and chloride ions per liter of fluid. The number
of particles in the fluid directly influences the properties of the fluid. Administering an
intravenous fluid with the wrong number of sodium and chloride ions could be fatal.

Atoms are far too small to count by any ordinary means. As we saw earlier, even if
you could somehow count atoms, and counted them 24 hours a day for as long as you
lived, you would barely begin to count the number of atoms in something as small as a
sand grain. Therefore, if we want to know the number of atoms in anything of ordinary
size, we count them by weighing.

The Mole: A Chemist’s “Dozen”

When we count large numbers of objects, we often use units such as a dozen (12 objects)
or a gross (144 objects) to organize our counting and to keep our numbers more manage-
able. With atoms, quadrillions of which may be in a speck of dust, we need a much larger
number for this purpose. The chemist’s “dozen” is the mole (abbreviated mol). A mole is
the amount of material containing 6.02214 X 10?3 particles.

1 mol = 6.02214 X 10% particles

This number is Avogadro’s number, named after Italian physicist Amedeo Avogadro
(1776-1856), and is a convenient number to use when working with atoms, molecules,
and ions. In this book, we usually round Avogadro’s number to four significant figures or
6.022 X 10%. Notice that the definition of the mole is an amount of a substance. We will
often refer to the number of moles of substance as the amount of the substance.

The first thing to understand about the mole is that it can specify Avogadro’s number
of anything. For example, 1 mol of marbles corresponds to 6.022 X 10> marbles, and
1 mol of sand grains corresponds to 6.022 X 10? sand grains. One mole of anything is
6.022 X 10?3 units of that thing. One mole of atoms, ions, or molecules, however, makes
up objects of everyday sizes. Twenty-two copper pennies, for example, contain approxi-
mately 1 mol of copper atoms and 1 tablespoon of water contains approximately 1 mol
of water molecules.

The second, and more fundamental, thing to understand about the mole is how it
gets its specific value.

The value of the mole is equal to the number of atoms in exactly 12 grams
of pure carbon-12 (12 g C = 1 mol C atoms = 6.022 X 10 C atoms).



2.9 Molar Mass: Counting Atoms by Weighing Them

The definition of the mole gives us a relationship between mass (grams of carbon) and
number of atoms (Avogadro’s number). This relationship, as we will see shortly, allows
us to count atoms by weighing them.

Converting between Number of Moles and Number of Atoms

Converting between number of moles and number of atoms is similar to converting
between dozens of eggs and number of eggs. For eggs, you use the conversion factor
1 dozen eggs = 12 eggs. For atoms, you use the conversion factor 1 mol atoms =
6.022 X 10 atoms. The conversion factors take the following forms:

1 mol atoms 6.022 X 10* atoms
or
6.022 X 10?® atoms 1 mol atoms

Example 2.6 demonstrates how to use these conversion factors in calculations.

EXAMPLE 2.6 Converting between Number of Moles
and Number of Atoms

Calculate the number of copper atoms in 2.45 mol of copper.

SORT You are given the amount of copper in moles GIVEN: 2.45 mol Cu
and asked to find the number of copper atoms. FIND: Cu atoms

STRATEGIZE Convert between number of moles and CONCEPTUAL PLAN
number of atoms by using Avogadro’s number as a
conversion factor.

6.022 X 10% Cu atoms

1 mol Cu

RELATIONSHIPS USED

SOLVE Follow the conceptual plan to solve the SOLUTION

mol Cu Cu atoms

6.022 X 10> = 1 mol (Avogadro’s number)

problem. Begin with 2.45 mol Cu and multiply by 6.022 X 102 Cu atoms

Avogadro’s number to get to the number of Cu atoms. | 2.45 melCu X

CHECK Since atoms are small, it makes sense that the answer is large. The given
number of moles of copper is almost 2.5, so the number of atoms is almost 2.5 times
Avogadro’s number.

FOR PRACTICE 2.6
A pure silver ring contains 2.80 X 10?2 silver atoms. How many moles of silver atoms
does it contain?

1 moel-Cu

71

= 1.48 X 10** Cu atoms

Converting between Mass and Amount (Number of Moles)

To count atoms by weighing them, we need one other conversion factor—the mass of
1 mol of atoms. For the isotope carbon-12, we know that the mass of 1 mol of atoms is
exactly 12 grams, which is numerically equivalent to carbon-12’s atomic mass in atomic
mass units. Since the masses of all other elements are defined relative to carbon-12, the
same relationship holds for all elements.

The mass of 1 mol of atoms of an element is the molar mass.

An element’s molar mass in grams per mole is numerically equal to the
element’s atomic mass in atomic mass units.
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For example, copper has an atomic mass of 63.55 amu and a molar mass of 63.55 g/mol.
One mole of copper atoms therefore has a mass of 63.55 g. Just as the count for shrimp
depends on the size of the shrimp, so the mass of 1 mol of atoms depends on the element:
1 mol of aluminum atoms (which are lighter than copper atoms) has a mass of 26.98 g,
1 mol of carbon atoms (which are even lighter than aluminum atoms) has a mass of
12.01 g, and 1 mol of helium atoms (lighter yet) has a mass of 4.003 g.

26.98 g aluminum = 1 mol aluminum = 6.022 X 10 Al atoms ‘ Al

12.01 g carbon = 1 mol carbon = 6.022 X 10* C atoms ‘ C

4.003 g helium = 1 mol helium = 6.022 X 10?*> He atoms @ He

The lighter the atom, the less mass in 1 mol of atoms.

1 dozen peas

1 dozen marbles

P The two dishes contain the same
number of objects (12), but the masses
are different because peas are less
massive than marbles. Similarly, a
mole of light atoms will have less
mass than a mole of heavier atoms.

The molar mass of any element is the conversion factor between the mass (in grams)
of that element and the amount (in moles) of that element. For carbon,
1201 g C 1 mol C

12.01 g C = 1 mol C or or
mol C 1201 g C

Example 2.7 demonstrates how to use these conversion factors.

EXAMPLE 2.7 Converting between Mass and Amount (Number of Moles)

Calculate the amount of carbon (in moles) contained in a 0.0265 g pencil “lead.”
(Assume that the pencil lead is made of pure graphite, a form of carbon.)

SORT You are given the mass of carbon and asked to find the | GIVEN: 0.0265 g C
amount of carbon in moles. FIND: mol C

STRATEGIZE Convert between mass and amount (in moles) CONCEPTUAL PLAN
of an element by using the molar mass of the element. c )
8

1 mol

1201 g
RELATIONSHIPS USED

12.01 g C = 1 mol C (carbon molar mass)

molC
. J
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SOLVE Follow the conceptual plan to solve the problem. SOLUTION

1 mol C
0.0265 € X —2

12.01 g€

CHECK The given mass of carbon is much less than the molar mass of carbon, so it
makes sense that the answer (the amount in moles) is much less than 1 mol of carbon.

FOR PRACTICE 2.7
Calculate the amount of copper (in moles) in a 35.8 g pure copper sheet.

FOR MORE PRACTICE 2.7
Calculate the mass (in grams) of 0.473 mol of titanium.

=221 X 10> mol C

We now have all the tools to count the number of atoms in a sample of an element by
weighing it. First, we obtain the mass of the sample. Then we convert it to amount in moles
using the element’s molar mass. Finally, we convert to number of atoms using Avogadro’s
number. The conceptual plan for these kinds of calculations takes the following form:

g element mol element number of atoms

molar mass Avogadro’s
of element number

Examples 2.8 and 2.9 demonstrate these conversions.

EXAMPLE 2.8 The Mole Concept—Converting between Mass and
Number of Atoms

How many copper atoms are in a copper penny with a mass of 3.10 g? (Assume that

the penny is composed of pure copper.)

SORT You are given the mass of copper and | GIVEN: 3.10 g Cu
asked to find the number of copper atoms. FIND: Cu atoms

STRATEGIZE Convert between the mass of CONCEPTUAL PLAN
an element in grams and the number of

moles (using the molar mass of the 1 mol Cu 6.022 X 10% Cu atoms
element) and then to number of atoms 63.55g Cu 1 mol Cu
(using Avogadro’s number).

RELATIONSHIPS USED

SOLVE Follow the conceptual plan to solve | SOLUTION

63.55 g Cu = 1 mol Cu (molar mass of copper)
6.022 X 10> = 1 mol (Avogadro’s number)

the problem. Begin with 3.10 g Cu and 1 molCu 6.022 X 10% Cu atoms

factors to arrive at the number of Cu atoms.

CHECK The answer (the number of copper atoms) is less than 6.022 X 10? (1 mole). This is
consistent with the given mass of copper atoms, which is less than the molar mass of copper.

FOR PRACTICE 2.8

How many carbon atoms are there in a 1.3-carat diamond? Diamonds are a form of pure
carbon. (1 carat = 0.20 grams)

FOR MORE PRACTICE 2.8
Calculate the mass of 2.25 X 10%? tungsten atoms.

multiply by the appropriate conversion 3.10 g€u X 63.55 g Cu | molCu

>

atoms of the element by first converting to gCu mol Cu number of Cu atoms

= 2.94 X 10* Cu atoms
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Notice that numbers with large exponents, such as 6.022 X 103, are almost unbe-
lievably large. Twenty-two copper pennies contain 6.022 X 10* or 1 mol of copper
atoms, but 6.022 X 10?* pennies would cover Earth’s entire surface to a depth of 300 m.
Even objects small by everyday standards occupy a huge space when we have a mole of
them. For example, a grain of sand has a mass of less than 1 mg and a diameter of less
than 0.1 mm, yet 1 mol of sand grains would cover the state of Texas to a depth of
several feet. For every increase of 1 in the exponent of a number, the number increases
by a factor of 10, so 10% is incredibly large. Of course 1 mole has to be a large number if
it is to have practical value, because atoms are so small.

EXAMPLE 2.9 The Mole Concept ’

An aluminum sphere contains 8.55 X 10?? aluminum atoms. What is the sphere’s
radius in centimeters? The density of aluminum is 2.70 g/cm®.

SORT You are given the number of aluminum atoms in GIVEN: 8.55 X 10?2 Al atoms
a sphere and the density of aluminum. You are asked to d = 270 gfem’
find the radius of the sphere. FIND: radius (r) of sphere

STRATEGIZE The heart of this problem is density, which | CONCEPTUAL PLAN
relates mass to volume; though you aren’t given the mass

directly, you are given the number of atoms, which you

can use to find mass.

1. Convert from number of atoms to number of moles

using Avogadro’s number as a conversion factor. NX;n't’er of mol Al g Al V (in cm?)
. atoms

2. Convert from number of moles to mass using molar ,

mass as a conversion factor. L mol Al 26.98 g Al Lem

. 3 . 6.022 X 10 Al atoms 1 mol Al 2.70 g Al

3. Convert from mass to volume (in cm”) using

density as a conversion factor.
4. Once you calculate the volume, find the radius -

from the volume using the formula for the volume V (in cm”) ¥

of a sphere. 4

V= ? Tr

RELATIONSHIPS AND EQUATIONS USED

6.022 X 10* = 1 mol (Avogadro’s number)
26.98 g Al = 1 mol Al (molar mass of aluminum)
2.70 g/em® (density of aluminum)

4
V = gmf" (volume of a sphere)

SOLVE SOLUTION
Finally, follow the conceptual plan to solve the problem. | ¢ 55 % 1022ALatoms X 1 mol Al
Begin with 8.55 X 10?2 Al atoms and multiply by the 6.022 X 10* Alatoms

appropriate conversion factors to arrive at volume in cm®. 26.98 g Al 1 cm?

X
1 motAl ~ 2.70 g Al

= 1.4187 cm’

Then solve the equation for the volume of a sphere for r

4
and substitute the volume to calculate 7. V= 57”3

3V 3(1.4187 cm®)
r= ,3/4— = ,3/;7 = 0.697 cm
n T

CHECK The units of the answer (cm) are correct. The magnitude cannot be estimated
accurately, but a radius of about one-half of a centimeter is reasonable for just over
one-tenth of a mole of aluminum atoms.




FOR PRACTICE 2.9

A titanium cube contains 2.86 X 10> atoms. What is the edge length of the cube?
The density of titanium is 4.50 g/cm?.

FOR MORE PRACTICE 2.9

Find the number of atoms in a copper rod with a length of 9.85 cm and a radius of 1.05 cm.
The density of copper is 8.96 g/cm®.

Concept(\ [ )

Corinection 2.7 Avogadro’s Number
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Why is Avogadro’s number defined as 6.022 X 10? and not a simpler round number
such as 1.00 X 10%?

Conceptua I

Connection 2.8 The mole

Without doing any calculations, determine which sample contains the most atoms.

(a) al gsample of copper

(b) al gsample of carbon

CHAPTER IN REVIEW

Self Assessment Quiz

QL.

Q2.

Q3.

Two samples of a compound containing elements A and B Q4.

were decomposed. The first sample produced 15 g of A and
35 g of B. The second sample produced 25 g of A and what
mass of B?

a) Ilg

b) 58¢g

c) 2lg

d 45¢g

A compound containing only carbon and hydrogen has a
carbon-to-hydrogen mass ratio of 11.89. Which carbon-
to-hydrogen mass ratio is possible for another compound
composed only of carbon and hydrogen?

a) 2.50

b) 3.97

c) 4.66

d) 7.89

Which idea came out of Rutherford’s gold foil experiment?
a) Atoms contain protons and neutrons.

b) Matter is composed of atoms.

c) Elements have isotopes.

d) Atoms are mostly empty space.

(¢) a 10 g sample of uranium

A student re-creates the Millikan oil drop experiment and
tabulates the relative charges of the oil drops in terms of a
constant, a.

Drop #1 a
Drop #2 3 e
2
Drop #3 el o
2
Drop #4 3a

What charge for the electron (in terms of @) is consistent
with this data?

a) —a
b) «
c) —«

d 2«
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Q5.

Qe6.

Q7.
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Determine the number of protons and neutrons in the
isotope Fe-58.

a) 26 protons and 58 neutrons

b) 32 protons and 26 neutrons

¢) 26 protons and 32 neutrons

d) 58 protons and 58 neutrons

An isotope of an element contains 82 protons and
122 neutrons. What is the symbol for the isotope?

D Bpo b R o Bz o B

Determine the number of electrons in the Cr* ion.

a) 24 electrons
¢) 3 electrons

b) 27 electrons
d) 21 electrons

Q8. Which pair of elements do you expect to be most similar in

their chemical properties?

a) Kand Fe
c) Neand N

b) O and Si
d) BrandI

Q9. Which element is not a main-group element?

a) Se b) Mo

c) Sr d) Ba

Q10. What is the charge of the ion most commonly formed by S?

a) 2+ b) +

c) — d) 2—

Q11. A naturally occurring sample of an element contains only
two isotopes. The first isotope has a mass of 68.9255 amu
and a natural abundance of 60.11%. The second isotope
has a mass of 70.9247 amu. Find the atomic mass of the

element.
a) 70.13 amu
c) 84.06 amu

b) 69.72 amu
d) 69.93 amu

Q12. Which sample contains the greatest number of atoms?

a) 14¢gC
b) 49 ¢gCr
c) 102gAg
d) 202 gPb

Q13. Determine the number of atoms in 1.85 mL of mercury.
(The density of mercury is 13.5 g/mL.)

a) 3.02 % 10% atoms
b) 4.11 X 10?° atoms
c) 7.50X 10?? atoms
d) 1.50X 10? atoms

Q14. A 20.0 g sample of an element contains 4.95 X 10%3 atoms.

Identify the element.
a) Cr b) O

(®) st
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Key Concepts

Imaging and Moving Individual Atoms (2.1)

» Although it was only 200 years ago that John Dalton proposed his
atomic theory, technology has since progressed to the level where
individual atoms can be imaged and moved by techniques such as
scanning tunneling microscopy (STM).

The Atomic Theory (2.2, 2.3)

Each element is composed of indestructible particles called atoms.
All atoms of a given element have the same mass and other properties.
Atoms combine in simple, whole-number ratios to form compounds.
Atoms of one element cannot change into atoms of another
element. In a chemical reaction, atoms change the way that they
are bound together with other atoms to form a new substance.

The Electron (2.4)

» J. J. Thomson discovered the electron in the late 1800s through
experiments with cathode rays. He deduced that electrons are neg-
atively charged, and he measured their charge-to-mass ratio.

» Robert Millikan measured the charge of the electron, which—in
conjunction with Thomson’s results—Ied to the calculation of the
mass of an electron.

The Nuclear Atom (2.5)

» In 1909, Ernest Rutherford probed the inner structure of the atom
by working with a form of radioactivity called alpha radiation and
developed the nuclear theory of the atom.

» Nuclear theory states that the atom is mainly empty space, with
most of its mass concentrated in a tiny region called the nucleus
and most of its volume occupied by relatively light electrons.

Subatomic Particles (2.6)

» Atoms are composed of three fundamental particles: the proton
(1 amu, +1 charge), the neutron (1 amu, O charge), and the elec-
tron (~0 amu, —1 charge).

vvyvyy

Key Equations and Relationships

Relationship between Mass Number (A), Number of Protons (p), and
Number of Neutrons (n) (2.6)

A = number of protons (p) + number of neutrons (n)
Atomic Mass (2.8)

Atomic mass = 2 (fraction of isotope n) X (mass of isotope 1)

n

Key Learning Outcomes

Chapter in Review 77

» The number of protons in the nucleus of the atom is its atomic
number (Z) and defines the element.

» The sum of the number of protons and neutrons is the mass
number (A).

» Atoms of an element that have different numbers of neutrons (and
therefore different mass numbers) are isotopes.

» Atoms that lose or gain electrons become charged and are called
ions. Cations are positively charged and anions are negatively
charged.

The Periodic Table (2.7)

» The periodic table tabulates all known elements in order of
increasing atomic number.

» The periodic table is arranged so that similar elements are grouped
together in columns.

» Elements on the left side and in the center of the periodic table are
metals and tend to lose electrons in chemical changes.

» Elements on the upper right side of the periodic table are nonmet-
als and tend to gain electrons in chemical changes.

» Elements located on the boundary between metals and nonmetals
are metalloids.

Atomic Mass and the Mole (2.8, 2.9)

» The atomic mass of an element, listed directly below its symbol in
the periodic table, is a weighted average of the masses of the natu-
rally occurring isotopes of the element.

» One mole of an element is the amount of that element that contains
Avogadro’s number (6.022 X 10%) of atoms.

» Any sample of an element with a mass (in grams) that equals its
atomic mass contains 1 mole of the element. For example, the
atomic mass of carbon is 12.011 amu; therefore, 12.011 grams of
carbon contains 1 mol of carbon atoms.

Avogadro’s Number (2.9)

I mol = 6.0221421 X 107 particles

Chapter Objectives

Using the Law of Definite Proportions (2.3)

Using the Law of Multiple Proportions (2.3)

Example 2.1

Assessment

For Practice 2.1 Exercises 31, 32

Example 2.2 For Practice 2.2 Exercises 35-38
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Key Learning Outcomes, continued

Working with Atomic Numbers, Mass Numbers, and Isotope

Symbols (2.6)

Example 2.3  For Practice 2.3  Exercises 51-58

Predicting the Charge of lons (2.7) r

|

Example 2.4 For Practice 2.4  Exercises 59-62

Calculating Atomic Mass (2.8)

Example 2.5 For Practice 2.5 For More Practice 2.5
Exercises 71, 72, 74-77

Converting between Moles and Number of Atoms (2.9)

Example 2.6 For Practice 2.6  Exercises 81, 82

Converting between Mass and Amount (in Moles) (2.9)

Example 2.7 For Practice 2.7 For More Practice 2.7
Exercises 83, 84

Using the Mole Concept (2.9)

Examples 2.8, 2.9 For Practice 2.8,2.9 For More Practice 2.8, 2.9
Exercises 85-94, 112, 113

EXERCISES
Review Questions

1.

What is scanning tunneling microscopy? How does it work?

2. Summarize the history of the atomic idea. How was Dalton able

to convince others to accept an idea that had been controversial
for 2000 years?

. State and explain the law of conservation of mass.
. State and explain the law of definite proportions.

. State and explain the law of multiple proportions. How is the

law of multiple proportions different from the law of definite
proportions?

. What are the main ideas in Dalton’s atomic theory? How do

they help explain the laws of conservation of mass, of constant
composition, and of definite proportions?

. How and by whom was the electron discovered? What basic

properties of the electron were reported with its discovery?

. Explain Millikan’s oil drop experiment and how it led to the

measurement of the electron’s charge. Why is the magnitude of
the charge of the electron so important?

. Describe the plum-pudding model of the atom.



10. Describe Rutherford’s gold foil experiment. How did the
experiment prove that the plum-pudding model of the atom was
wrong?

11. Describe Rutherford’s nuclear model of the atom. What was
revolutionary about his model?

12. If matter is mostly empty space, as suggested by Rutherford,
then why does it appear so solid?

13. List the three subatomic particles that compose atoms and give
the basic properties (mass and charge) of each.

14. What defines an element?

15. Explain the difference between Z (the atomic number) and
A (the mass number).

16. Where do elements get their names?
17. What are isotopes? What is percent natural abundance of isotopes?

18. Describe the two different notations used to specify isotopes
and give an example of each.

19. What is an ion? A cation? An anion?

20. State the periodic law. How did the periodic law lead to the
periodic table?

Problems by Topic

Note: Answers to all odd-numbered Problems, numbered in blue, can
be found in Appendix 1ll. Exercises in the Problems by Topic section
are paired, with each odd-numbered problem followed by a similar
even-numbered problem. Exercises in the Cumulative Problems section
are also paired, but somewhat more loosely. (Challenge Problems and
Conceptual Problems, because of their nature, are unpaired.)

The Laws of Conservation of Mass, Definite Proportions, and
Multiple Proportions

29. A hydrogen-filled balloon was ignited and 1.50 g of hydrogen
reacted with 12.0 g of oxygen. How many grams of water vapor
formed? (Assume that water vapor is the only product.)

30. An automobile gasoline tank holds 21 kg of gasoline. When the
gasoline burns, 84 kg of oxygen is consumed, and carbon
dioxide and water are produced. What is the total combined
mass of carbon dioxide and water that is produced?

31. Two samples of carbon tetrachloride were decomposed into
their constituent elements. One sample produced 38.9 g of
carbon and 448 g of chlorine, and the other sample produced
14.8 g of carbon and 134 g of chlorine. Are these results consis-
tent with the law of definite proportions? Show why or why not.

32. Two samples of sodium chloride were decomposed into their
constituent elements. One sample produced 6.98 g of sodium
and 10.7 g of chlorine, and the other sample produced 11.2 g of
sodium and 17.3 g of chlorine. Are these results consistent with
the law of definite proportions? Explain your answer.

33. The mass ratio of sodium to fluorine in sodium fluoride is
1.21:1. A sample of sodium fluoride produces 28.8 g of sodium
upon decomposition. How much fluorine (in grams) is formed?

34. Upon decomposition, one sample of magnesium fluoride pro-
duced 1.65 kg of magnesium and 2.57 kg of fluorine. A second
sample produced 1.32 kg of magnesium. How much fluorine (in
grams) did the second sample produce?

35. Two different compounds containing osmium and oxygen have
the following masses of oxygen per gram of osmium: 0.168 and
0.3369 g. Show that these amounts are consistent with the law
of multiple proportions.

21.

22,

23.

24.
25.
26.

27.

28.

36.

37.

38.
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What are the characteristic properties of metals, nonmetals, and
metalloids?

What are the characteristic properties of each group?

a. noble gases

b. alkali metals

c. alkaline earth metals

d. halogens

How do you predict the charges of ions formed by main-group
elements?

What is atomic mass? How is it calculated?

Explain how a mass spectrometer works.

What kind of information can be determined from a mass
spectrum?

What is a mole? How is the mole concept useful in chemical
calculations?

Why is the mass corresponding to a mole of one element
different from the mass corresponding to a mole of another
element?

Palladium forms three different compounds with sulfur. The mass
of sulfur per gram of palladium in each compound is listed below.
Show that these masses are consistent with the law of multi-
ple proportions.

Compound Grams S per Gram Pd
A 0.603
B 0.301
C 0.151

Sulfur and oxygen form both sulfur dioxide and sulfur trioxide.
When samples of these were decomposed the sulfur dioxide
produced 3.49 g oxygen and 3.50 g sulfur, while the sulfur
trioxide produced 6.75 g oxygen and 4.50 g sulfur. Calculate
the mass of oxygen per gram of sulfur for each sample and
show that these results are consistent with the law of multi-
ple proportions.

Sulfur and fluorine form several different compounds including
sulfur hexafluoride and sulfur tetrafluoride. Decomposition of a
sample of sulfur hexafluoride produces 4.45 g of fluorine and
1.25 g of sulfur, while decomposition of a sample of sulfur tet-
rafluoride produces 4.43 g of fluorine and 1.87 g of sulfur.
Calculate the mass of fluorine per gram of sulfur for each
sample and show that these results are consistent with the law
of multiple proportions.

Atomic Theory, Nuclear Theory, and Subatomic Particles

39.

Which statements are consistent with Dalton’s atomic theory as

it was originally stated? Why?

a. Sulfur and oxygen atoms have the same mass.

b. All cobalt atoms are identical.

¢. Potassium and chlorine atoms combine in a 1:1 ratio to form
potassium chloride.

d. Lead atoms can be converted into gold.
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40.

41.

42,

43.

4.

45.

46.
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Which statements are inconsistent with Dalton’s atomic theory

as it was originally stated? Why?

a. All carbon atoms are identical.

b. An oxygen atom combines with 1.5 hydrogen atoms to form
a water molecule.

¢. Two oxygen atoms combine with a carbon atom to form a
carbon dioxide molecule.

d. The formation of a compound often involves the destruction
of one or more atoms.

Which statements are consistent with Rutherford’s nuclear

theory as it was originally stated? Why?

a. The volume of an atom is mostly empty space.

b. The nucleus of an atom is small compared to the size of the
atom.

c. Neutral lithium atoms contain more neutrons than protons.

d. Neutral lithium atoms contain more protons than electrons.

Which statements are inconsistent with Rutherford’s nuclear

theory as it was originally stated? Why?

a. Since electrons are smaller than protons, and since a hydrogen
atom contains only 1 proton and 1 electron, it must follow that
the volume of a hydrogen atom is mostly due to the proton.

b. A nitrogen atom has 7 protons in its nucleus and 7 electrons
outside of its nucleus.

c¢. A phosphorus atom has 15 protons in its nucleus and
150 electrons outside of its nucleus.

d. The majority of the mass of a fluorine atom is due to its
9 electrons.

A chemist in an imaginary universe, where electrons have a

different charge than they do in our universe, performs the

Millikan oil drop experiment to measure the electron’s charge.

The charges of several drops are recorded here. What is the

charge of the electron in this imaginary universe?

Drop # Charge
A -69x10%¢C
B -92x 107 ¢
C —-115 x 107 ¢
D —46x107°¢C

Imagine a unit of charge called the zorg. A chemist performs the
oil drop experiment and measures the charge of each drop in
zorgs. Based on the results shown here, what is the charge of the
electron in zorgs (z)? How many electrons are in each drop?

Drop # Charge
A —48 %X 1079z
B —9.6 X 107°z
c —6.4 X 107% 2
D -12.8 X 10792

On a dry day, your body can accumulate static charge from
walking across a carpet or from brushing your hair. If your body
develops a charge of —15 uC (microcoulombs), how many
excess electrons has it acquired? What is their collective mass?

How many electrons are necessary to produce a charge of —1.0 C?
What is the mass of this many electrons?

47. Which statements about subatomic particles are true?

a. If an atom has an equal number of protons and electrons, it
will be charge-neutral.

b. Electrons are attracted to protons.

c. Electrons are much lighter than neutrons.

d. Protons have twice the mass of neutrons.

48. Which statements about subatomic particles are false?

a. Protons and electrons have charges of the same magnitude
but opposite signs.

b. Protons have about the same mass as neutrons.

c. Some atoms don’t have any protons.

d. Protons and neutrons have charges of the same magnitude
but opposite signs.

49. How many electrons would it take to equal the mass of a proton?

50. A helium nucleus has two protons and two neutrons. How many

electrons would it take to equal the mass of a helium nucleus?

Isotopes and lons

51. Write isotopic symbols in the form X-A (e.g., C-13) for each

52

53.

54

56,

isotope.

a. the silver isotope with 60 neutrons

b. the silver isotope with 62 neutrons

c. the uranium isotope with 146 neutrons

d. the hydrogen isotope with 1 neutron

Write isotopic symbols in the form %X for each isotope.
a. the copper isotope with 34 neutrons

b. the copper isotope with 36 neutrons

c. the potassium isotope with 21 neutrons

d. the argon isotope with 22 neutrons

Determine the number of protons and the number of neutrons in
each isotope.

a. N

b. 3Na

¢ 22Rn

d. 3%¥pb

Determine the number of protons and the number of neutrons in
each isotope.

a. 19K

b. 3°Ra

c. ATc

d. 3P

. The amount of carbon-14 in ancient artifacts and fossils is often

57.

58.

59.

60.

used to establish their age. Determine the number of protons
and the number of neutrons in a carbon-14 isotope and write its
symbol in the form $X.

Uranium-235 is used in nuclear fission. Determine the number
of protons and the number of neutrons in uranium-235 and
write its symbol in the form 4X.

Determine the number of protons and the number of electrons
in each ion.

a. Ni** b. S*~ ¢ Br- d. cr't

Determine the number of protons and the number of electrons
in each ion.

a. AP* b. Se’” c. Ga** d. Sr**
Predict the charge of the ion formed by each element.
a. O b. K c. Al d. Rb

Predict the charge of the ion formed by each element.
a. Mg b. N c. F d. Na



61. Fill in the blanks to complete the table.
Number of Number of
Electrons in Protons in
Symbol lon Formed lon lon
Ca Ca%t - -
- Be?" 2 -
Se 34
In 49
62. Fill in the blanks to complete the table.
Number of Number of
Electrons in Protons in
Symbol lon Formed lon lon
Cl 17
Te 54
Br Br~
- St - 38

The Periodic Table and Atomic Mass

63.

64.

66.

67.

68.

69.

70.

71.

Write the name of each element and classify it as a metal, non-
metal, or metalloid.
a. K b. Ba d. O e. Sb

Write the symbol for each element and classify it as a metal,
nonmetal, or metalloid.
a. gold

d. tin

c. I

b. fluorine c. sodium

e. argon

. Determine whether or not each element is a main-group element.

a. tellurium
c. vanadium

b. potassium
d. manganese

Determine whether or not each element is a transition element.
a. Cr b. Br c. Mo d. Cs

Classify each element as an alkali metal, alkaline earth metal,
halogen, or noble gas.

a. sodium b. iodine
d. barium e. krypton

c. calcium

Classify each element as an alkali metal, alkaline earth metal,
halogen, or noble gas.

a. F b. Sr c. K d. Ne e. At
Which pair of elements do you expect to be most similar? Why?
a. Nand Ni b. Mo and Sn

¢. Naand Mg d. Cland F

e. Siand P

Which pair of elements do you expect to be most similar? Why?
a. nitrogen and oxygen b. titanium and gallium

c. lithium and sodium d. germanium and arsenic

e. argon and bromine

Gallium has two naturally occurring isotopes with the following
masses and natural abundances:

Isotope Mass (amu) Abundance (%)
Ga-69 68.92558 60.108
Ga-71 70.92470 39.892

Sketch the mass spectrum of Gallium.
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72. Magnesium has three naturally occurring isotopes with the

73.

74.

75.

76.

77.

78.

79.

80.

following masses and natural abundances:

Isotope Mass (amu) Abundance (%)
Mg-24 23.9850 78.99
Mg-25 24.9858 10.00
Mg-26 25.9826 11.01

Sketch the mass spectrum of magnesium.

The atomic mass of fluorine is 18.998 amu and its mass spec-
trum shows a large peak at this mass. The atomic mass of
chlorine is 35.45 amu, yet the mass spectrum of chlorine does
not show a peak at this mass. Explain the difference.

The atomic mass of copper is 63.546 amu. Do any copper
isotopes have a mass of 63.546 amu? Explain.

An element has two naturally occurring isotopes. Isotope 1 has
a mass of 120.9038 amu and a relative abundance of 57.4%, and
isotope 2 has a mass of 122.9042 amu. Find the atomic mass of
this element and identify it.

An element has four naturally occurring isotopes with the

masses and natural abundances given here. Find the atomic
mass of the element and identify it.

Isotope Mass (amu) Abundance (%)
1 135.90714 0.19
2 137.90599 0.25
3 139.90543 88.43
4 141.90924 11.13

Bromine has two naturally occurring isotopes (Br-79 and
Br-81) and has an atomic mass of 79.904 amu. The mass of
Br-81 is 80.9163 amu, and its natural abundance is 49.31%.
Calculate the mass and natural abundance of Br-79.

Silicon has three naturally occurring isotopes (Si-28, Si-29, and
Si-30). The mass and natural abundance of Si-28 are 27.9769
amu and 92.2%, respectively. The mass and natural abundance
of Si-29 are 28.9765 amu and 4.67%, respectively. Find the
mass and natural abundance of Si-30.

Use the mass spectrum of europium to determine the atomic
mass of europium.

100%

50%

Intensity %

151 153
Mass (amu)

Use the mass spectrum of rubidium to determine the atomic
mass of rubidium.

100%

50%

Intensity %

85 87
Mass (amu)
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The Mole Concept

81.
82.

83.

84.

85.
86.
87.

88.

89.

How many sulfur atoms are there in 5.52 mol of sulfur?

024

How many moles of aluminum do 3.7 X 1 aluminum atoms

represent?

What is the amount, in moles, of each elemental sample?

a. 11.8 gAr b. 3.55g7Zn

c. 26.1gTa d. 0.211 gLi

What is the mass, in grams, of each elemental sample?
a. 2.3 X 1073 mol Sb b. 0.0355 mol Ba

c. 43.9 mol Xe d. 1.3 mol W

How many silver atoms are there in 3.78 g of silver?
What is the mass of 4.91 X 10%! platinum atoms?
Calculate the number of atoms in each sample.

a. 5.18¢gP b. 2.26 g Hg

c. 1.87 gBi d. 0.082 g Sr

Calculate the number of atoms in each sample.

a. 14955 gCr b. 39.733 ¢S

c. 12.899 g Pt d. 97.552 g Sn

Calculate the mass, in grams, of each sample.

a. 1.1 X 10 gold atoms b. 2.82 X 10?* helium atoms
c. 1.8 X 10% lead atoms d. 7.9 X 10*! uranium atoms

Cumulative Problems

95.

96.

97.

98.

99.

100.

101.

A 7.83 g sample of HCN contains 0.290 g of H and 4.06 g of N.
Find the mass of carbon in a sample of HCN with a mass of 3.37 g.
The ratio of sulfur to oxygen by mass in SO, is 1.0:1.0.

a. Find the ratio of sulfur to oxygen by mass in SO3.

b. Find the ratio of sulfur to oxygen by mass in S,0.

The ratio of oxygen to carbon by mass in carbon monoxide is
1.33:1.00. Find the formula of an oxide of carbon in which the
ratio by mass of oxygen to carbon is 2.00:1.00.

The ratio of the mass of a nitrogen atom to the mass of an atom
of 12C is 7:6 and the ratio of the mass of nitrogen to oxygen in
N,O is 7:4. Find the mass of 1 mol of oxygen atoms.

An « particle, “He?™, has a mass of 4.00151 amu. Find the value
of its charge-to-mass ratio in C/kg.

Naturally occurring iodine has an atomic mass of 126.9045. A
12.3849 g sample of iodine is accidentally contaminated with
an additional 1.00070 g of '*°I, a synthetic radioisotope of
iodine used in the treatment of certain diseases of the thyroid
gland. The mass of 1291 is 128.9050 amu. Find the apparent
“atomic mass” of the contaminated iodine.

Use the mass spectrum of lead to estimate the atomic mass of
lead. Estimate the mass and percent intensity values from the
graph to three significant figures.

100%
50% | ‘

204 206 207 208
Mass (amu)

Intensity %

90. Calculate the mass, in kg, of each sample.
a. 7.55 X 10% cadmium atoms
b. 8.15 X 107 nickel atoms
c. 1.22 X 10?7 manganese atoms
d. 5.48 X 10 lithium atoms

91. How many carbon atoms are there in a diamond (pure carbon)
with a mass of 52 mg?

92. How many helium atoms are there in a helium blimp containing
536 kg of helium?

93. Calculate the average mass, in grams, of one platinum atom.

94. Using scanning tunneling microscopy, scientists at IBM
wrote the initials of their company with 35 individual xenon
atoms (as shown below). Calculate the total mass of these
letters in grams.
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102. Use the mass spectrum of mercury to estimate the atomic mass
of mercury. Estimate the masses and percent intensity values
from the graph to three significant figures.

100% A

50% - |

196 198 199 200 201 202 204
Mass (amu)

Intensity %

103. Nuclei with the same number of neutrons but different mass
numbers are called isotones. Write the symbols of four isotones
of 2° Th.

104. Fill in the blanks to complete the table.

Number Number Number

Symbol  Z A of p ofe” ofn  Charge
Si 14 o o 14 14 .
@ 3 2
ot 34 N

15 15 16



105.

Symbol z A

Ca2+

Mg?
N3~

106.

107.

108.

109.

110.

111.

Fill in the blanks to complete the table.

Number Number
ofe” of n

Number
of p Charge
8 8 2—

20
+ 25 13

14 10

2+

Neutron stars are composed of solid nuclear matter, primarily
neutrons. Assume the radius of a neutron is approximately
1.0 X 107" c¢m. Calculate the density of a neutron. [Hint: For
a sphere V. = (4/3)m°.] Assuming that a neutron star has the
same density as a neutron, calculate the mass (in kg) of a small
piece of a neutron star the size of a spherical pebble with a
radius of 0.10 mm.

Carbon-12 contains six protons and six neutrons. The radius of
the nucleus is approximately 2.7 fm (femtometers) and the
radius of the atom is approximately 70 pm (picometers).
Calculate the volume of the nucleus and the volume of the
atom. What percentage of the carbon atom’s volume is occupied
by the nucleus? (Assume two significant figures.)

A penny has a thickness of approximately 1.0 mm. If you stacked
Avogadro’s number of pennies one on top of the other on Earth’s
surface, how far would the stack extend (in km)? [For compari-
son, the sun is about 150 million km from Earth and the nearest
star (Proxima Centauri) is about 40 trillion km from Earth.]

Consider the stack of pennies in the previous problem. How
much money (in dollars) would this represent? If this money
were equally distributed among the world’s population of
6.5 billion people, how much would each person receive?
Would each person be a millionaire? Billionaire? Trillionaire?
The mass of an average blueberry is 0.75 g and the mass of an
automobile is 2.0 X 10° kg. Find the number of automobiles
whose total mass is the same as 1.0 mol of blueberries.
Suppose that atomic masses were based on the assignment of a
mass of 12.000 g to 1 mol of carbon, rather than 1 mol of '°C.
What would the atomic mass of oxygen be? (The atomic masses
of carbon and oxygen based on the assignment of 12.000 g to
1 mol of '2C are 12.011 amu and 15.9994 amu, respectively.)

Challenge Problems

122.

123.

In Section 2.9, it was stated that 1 mol of sand grains would
cover the state of Texas to several feet. Estimate how many feet
by assuming that the sand grains are roughly cube-shaped, each
one with an edge length of 0.10 mm. Texas has a land area of
268,601 square miles.

Use the concepts in this chapter to obtain an estimate for the
number of atoms in the universe. Make the following assump-
tions: (a) All of the atoms in the universe are hydrogen atoms in
stars. (This is not a ridiculous assumption because over three-
fourths of the atoms in the universe are in fact hydrogen. Gas
and dust between the stars represent only about 15% of the
visible matter of our galaxy, and planets compose a far tinier
fraction.) (b) The sun is a typical star composed of pure hydro-
gen with a density of 1.4 g/cm® and a radius of 7 X 10% m.

112.

113.

114.

115.

116.

117.

118.

119.

120.

121.
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Exercises

A pure titanium cube has an edge length of 2.78 in. How many
titanium atoms does it contain? Titanium has a density of
4.50 g/cm’.

A pure copper sphere has a radius of 0.935 in. How many cop-
per atoms does it contain? [The volume of a sphere is (4/ 3
and the density of copper is 8.96 g/cm?.]

Boron has only two naturally occurring isotopes. The mass of
boron-10is 10.01294 amu and the mass of boron-11 is 11.00931
amu. Calculate the relative abundances of the two isotopes.

Lithium has only two naturally occurring isotopes. The mass of
lithium-6 is 6.01512 amu and the mass of lithium-7 is 7.01601
amu. Calculate the relative abundances of the two isotopes.
Common brass is a copper and zinc alloy containing 37.0% zinc
by mass and having a density of 8.48 g/cm3. A fitting composed
of common brass has a total volume of 112.5 cm®. How many
atoms (copper and zinc) does the fitting contain?

A 67.2 g sample of a gold and palladium alloy contains
2.49 X 10% atoms. What is the composition (by mass) of the
alloy?

Naturally occurring chlorine is composed of two isotopes:
75.76% Cl1-35 (mass 34.9688 amu) and 24.24% Cl-37 (mass
36.9659 amu). Naturally occurring oxygen is composed of
three isotopes: 99.757% O-16 (mass 15.9949 amu), 0.038%
0O-17 (mass 16.9991 amu), and 0.205% O-18 (mass 17.9991
amu). The compound dichlorine monoxide is composed of two
chlorine atoms and one oxygen atom bonded together to form
the Cl,O molecule. How many Cl,O molecules of different
masses naturally exist? Give the masses of the three most
abundant Cl,O molecules.

Silver is composed of two naturally occurring isotopes: Ag-107
(51.839%) and Ag-109. The ratio of the masses of the two
isotopes is 1.0187. What is the mass of Ag-107?

The U.S. Environmental Protection Agency (EPA) sets limits
on healthful levels of air pollutants. The maximum level that the
EPA considers safe for lead air pollution is 1.5 ug/m?. If your
lungs were filled with air containing this level of lead, how
many lead atoms would be in your lungs? (Assume a total lung
volume of 5.50 L.)

Pure gold is usually too soft for jewelry, so it is often alloyed
with other metals. How many gold atoms are in an 0.255 ounce,
18 K gold bracelet? (18 K gold is 75% gold by mass.)

(c) Each of the roughly 100 billion stars in the Milky Way gal-
axy contains the same number of atoms as our sun. (d) Each of
the 10 billion galaxies in the visible universe contains the same
number of atoms as our Milky Way galaxy.
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124.

125.

Chapter 2 Atoms and Elements

On the previous page is a representation of 50 atoms of a ficti-
tious element called westmontium (Wt). The red spheres repre-
sent Wt-296, the blue spheres Wt-297, and the green spheres
Wt-298.

a. Assuming that the sample is statistically representative of a
naturally occurring sample, calculate the percent natural
abundance of each Wt isotope.

b. Draw the mass spectrum for a naturally occurring sample
of Wt.

c¢. The mass of each Wt isotope is measured relative to C-12
and tabulated next. Use the mass of C-12 to convert each of
the masses to amu and calculate the atomic mass of Wt.

Isotope Mass

Wt-296 24.6630 X Mass('2C)
Wt-297 24.7490 X Mass(*2C)
Wt-298 24.8312 X Mass(*2C)

The ratio of oxygen to nitrogen by mass in NO, is 2.29. The
ratio of fluorine to nitrogen by mass in NF3 is 4.07. Find the
ratio of oxygen to fluorine by mass in OF,.

Conceptual Problems

130.

131.

132.

Which is an example of the law of multiple proportions?

Explain.

a. Two different samples of water are found to have the same
ratio of hydrogen to oxygen.

b. When hydrogen and oxygen react, the mass of water
formed is exactly equal to the mass of hydrogen and oxygen
that reacted.

c¢. The mass ratio of oxygen to hydrogen in water is 8:1. The
mass ratio of oxygen to hydrogen in hydrogen peroxide
(a compound that only contains hydrogen and oxygen) is 16:1.

Lithium has two naturally occurring isotopes: Li-6 (natural
abundance 7.5%) and Li-7 (natural abundance 92.5%). Using
circles to represent protons and squares to represent neutrons,
draw the nucleus of each isotope. How many Li-6 atoms would
be present, on average, in a 1000-atom sample of lithium?

As we saw in the previous problem, lithium has two naturally
occurring isotopes: Li-6 (natural abundance 7.5%; mass 6.0151
amu) and Li-7 (natural abundance 92.5%; mass 7.0160 amu).
Without doing any calculations, determine which mass is
closest to the atomic mass of Li.

a. 6.00 amu b. 6.50 amu c. 7.00 amu

Answers to Conceptual Connections

The Law of Conservation of Mass

2.1

Most of the matter that composed the log undergoes a chemi-
cal change by reacting with oxygen molecules in the air. The
products of the reaction (mostly carbon dioxide and water) are
released as gases into the air.

126.

127.

128.

129.

133.

134.

135.

2.2

Naturally occurring cobalt consists of only one isotope, >°Co,
whose relative atomic mass is 58.9332. A synthetic radioactive
isotope of cobalt, 60Co, has a relative atomic mass of 59.9338
and is used in radiation therapy for cancer. A 1.5886 g sample
of cobalt has an apparent “atomic mass” of 58.9901. Find the
mass of °Co in this sample.

A 7.36 g sample of copper is contaminated with an additional
0.51 g of zinc. Suppose an atomic mass measurement was per-
formed on this sample. What would be the measured atomic
mass?

The ratio of the mass of O to the mass of N in N,O3 is 12:7.
Another binary compound of nitrogen has a ratio of O to N of
16:7. What is its formula? What is the ratio of O to N in the next
member of this series of compounds?

Naturally occurring magnesium has an atomic mass of 24.312
and consists of three isotopes. The major isotope is 24Mg,
natural abundance 78.99%, relative atomic mass 23.98504. The
next most abundant isotope is 26Mg, relative atomic mass
25.98259. The third most abundant isotope is >>Mg, whose
natural abundance is in the ratio of 0.9083 to that of 26Mg. Find
the relative atomic mass of 25Mg.

The mole is defined as the amount of a substance containing
the same number of particles as exactly 12 grams of C-12.
The amu is defined as 1/12 of the mass of an atom of C-12.
Why is it important that both of these definitions reference the
same isotope? What would be the result, for example, of
defining the mole with respect to C-12, but the amu with
respect to Ne-207?

Without doing any calculations, determine which of the sam-
ples contains the greatest amount of the element in moles.
Which contains the greatest mass of the element?

a. 550gCr

b. 450¢gTi

c. 60.0gZn

The atomic radii of the isotopes of an element are identical to

one another. However, the atomic radii of the ions of an element
are significantly different from the atomic radii of the neutral
atom of the element. Explain.

The Laws of Definite and Multiple Proportions

The law of definite proportions applies to two or more samples
of the same compound and states that the ratio of one element
to the other is always the same. The law of multiple proportions
applies to two different compounds containing the same two
elements (A and B) and states that the masses of B that combine
with 1 g of A are always related to each other as a small whole-
number ratio.



The Millikan 0il Drop Experiment

2.3 The drop contains three excess electrons (3 X (—1.6 X 1071 C)
=-48 X 107 C).

Isotopes

2.4

C-12 nucleus C-13 nucleus

A 10,000-atom sample of carbon, on average, contains
107 C-13 atoms.

The Nuclear Atom, Isotopes, and lons

2.5 (b) The number of neutrons in the nucleus of an atom does not
affect the atom’s size because the nucleus is miniscule com-
pared to the atom itself.

Atomic Mass

2.6 (a) Since 98.93% of the atoms are C-12, we would expect the
atomic mass to be very close to the mass of the C-12 isotope.

Exercises 85

Avogadro’s Number

2.7 Avogadro’s number is defined with respect to carbon-12—it
is the number equal to the number of atoms in exactly 12 g of
carbon-12. If Avogadro’s number was defined as 1.00 X 10? (a
nice round number), it would correspond to 1.99 g of carbon-12
atoms (an inconvenient number). Avogadro’s number is defined
with respect to carbon-12 because, as you recall from Section 2.6,
the amu (the basic mass unit used for all atoms) is defined rela-
tive to carbon-12. Therefore, the mass in grams of 1 mol of any
element is equal to its atomic mass. As we have seen, these two
definitions together make it possible to determine the number of
atoms in a known mass of any element.

The Mole

2.8 (b) The carbon sample contains more atoms than the copper
sample because carbon has a lower molar mass than copper.
Carbon atoms are lighter than copper atoms, so a 1 g sample
of carbon contains more atoms than a 1 g sample of copper.
The carbon sample also contains more atoms than the uranium
sample because even though the uranium sample has 10 times
the mass of the carbon sample, a uranium atom is more than
10 times as massive (238 g/mol for uranium versus 12 g/mol
for carbon).
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Chemical Equations AERE:

Almost all aspects of life are engineered at the molecular level, and
without understanding molecules we can only have a very sketchy
understanding of life itself.

—Francis Harry Compton Crick (1916-2004)
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3.12 Organic Compounds 123

Key Learning Outcomes 129

elements exist in nature, so there are at least 91 different substances. However, the world

would be dull—not to mention lifeless—with only 91 different substances. Fortunately,
elements combine with each other to form compounds. Just as combinations of only 26 letters in
our English alphabet allow for an almost limitless number of words, each with its own specific
meaning, combinations of the 91 naturally occurring elements allow for an almost limitless
number of compounds, each with its own specific properties. The great diversity of substances
that we find in nature is a direct result of the ability of elements to form compounds. Life, for
example, could not exist with just 91 different elements. It takes compounds, in all of their
diversity, to make life possible.

I I OW MANY DIFFERENT SUBSTANCES EXIST? Recall from Chapter 2 that about 91 different

3.1 Hydrogen, Oxygen, and Water

Hydrogen (H,) is an explosive gas used as a fuel in rocket engines. Oxygen (O,), also a gas, is
a natural component of the air on Earth. Oxygen itself is not flammable but must be present for
combustion (burning) to occur. Hydrogen and oxygen both have extremely low boiling points, as



you can see from the following table. When hydrogen and oxygen combine to form the
compound water (H,O), however, a dramatically different substance results.

Selected Properties Hydrogen o Oxygen . Water Q
Boiling Point —253 °C —183 °C 100 °C
State at Room Temperature | Gas Gas Liquid

Flammability Explosive

Necessary for combustion

Used to extinguish flame

First of all, water is a liquid rather than a gas at room temperature, and its boiling
point is hundreds of degrees higher than the boiling points of hydrogen and oxygen.
Second, instead of being flammable (like hydrogen gas) or supporting combustion (like
oxygen gas), water actually smothers flames. Water is nothing like the hydrogen and
oxygen from which it forms. The dramatic difference between the elements hydrogen
and oxygen and the compound water is typical of the differences between elements and
the compounds that they form. When two or more elements combine to form a compound,

an entirely new substance results.

When a balloon filled with H, and
0, is ignited, the two elements
react violently to form H,O.

87
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Mixtures and Compounds

Hydrogen and Oxygen Mixture
This can have any ratio of
hydrogen to oxygen.

Water (A Compound)
Water molecules have a fixed ratio of
hydrogen (two atoms) to oxygen (one atom).

A FIGURE 3.1 Mixtures and
Compounds The balloon in this
illustration is filled with a
mixture of hydrogen gas and
oxygen gas. The proportions of
hydrogen and oxygen are
variable. The glass is filled with
water, a compound of hydrogen
and oxygen. The ratio of
hydrogen to oxygen in water is
fixed: water molecules always
have two hydrogen atoms for
each oxygen atom.

Consider as another example common table salt, a highly stable compound
composed of sodium and chlorine. Elemental sodium, by contrast, is a highly reactive,
silvery metal that can explode on contact with water. Elemental chlorine is a corrosive,
greenish-yellow gas that can be fatal if inhaled. Yet the compound formed from the com-
bination of these two elements is sodium chloride (or table salt), a flavor enhancer that
tastes great on steak.

Although some of the substances that we encounter in everyday life are elements,
most are compounds. As we discussed in Chapter 1, a compound is different from a
mixture of elements. In a compound, elements combine in fixed, definite proportions; in
a mixture, elements can mix in any proportions whatsoever. Consider the difference
between a hydrogen—oxygen mixture and water as shown in Figure 3.1 a. A hydrogen—
oxygen mixture can have any proportions of hydrogen and oxygen gas. Water, by
contrast, is composed of water molecules that always contain two hydrogen atoms to
every one oxygen atom. Water has a definite proportion of hydrogen to oxygen.

In this chapter you will learn about compounds: how to represent them, how to name
them, how to distinguish between their different types, and how to write chemical equa-
tions showing how they form and change. You will also learn how to quantify the ele-
mental composition of a compound. This is important in determining how much of a
particular element is contained within a particular compound. For example, patients with
high blood pressure (hypertension) often have to reduce their sodium ion intake. Since
the sodium ion is normally consumed in the form of sodium chloride, a hypertension
patient needs to know how much sodium is present in a given amount of sodium chloride.
Similarly, an iron-mining company needs to know how much iron it can recover from a
given amount of iron ore. This chapter provides the tools to understand and answer these
kinds of questions.

3.2 Chemical Bonds

Compounds are composed of atoms held together by chemical bonds. Chemical bonds
result from the attractions between the charged particles (the electrons and protons)
that compose atoms. We discuss these interactions more thoroughly in Chapter 9 (see
Section 9.2). For now, remember that, as we discussed in Section 2.4, charged particles
exert forces on one another: like charges repel and opposite charges attract. These elec-
trostatic forces are responsible for chemical bonding.

We can broadly classify most chemical bonds into two types: ionic and covalent.
Ionic bonds—which occur between metals and nonmetals—involve the transfer of



electrons from one atom to another. Covalent bonds—which occur between two or more
nonmetals—involve the sharing of electrons between two atoms.

lonic Bonds

Recall from Chapter 2 that metals have a tendency to lose electrons and that nonmetals
have a tendency to gain them. Therefore, when a metal interacts with a nonmetal, it can
transfer one or more of its electrons to the nonmetal. The metal atom then becomes a
cation (a positively charged ion), and the nonmetal atom becomes an anion (a negatively
charged ion) as shown in Figure 3.2 v. These oppositely charged ions attract one another
by electrostatic forces and form an ionic bond. The result is an ionic compound, which
in the solid phase is composed of a lattice—a regular three-dimensional array—of alter-
nating cations and anions.

Covalent Bonds

When a nonmetal bonds with another nonmetal, neither atom transfers its electron to the
other. Instead the bonding atoms share some of their electrons. The shared electrons have
lower potential energy than they would in the isolated atoms because they interact with
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Sodium (a metal)
loses an electron.

| Neutral Na
atom, 1le”
Na™ ion, .
10e”

gains an electron.

Neutral Cl
atom, 17e"

*
*

CI ion,
18e

Chlorine (a nonmetal)

n\s‘
o0 &
g o 9

b 4

anion cation

Sodium metal

Oppositely charged
ions are held together
by ionic bonds, forming
a crystalline lattice.

Sodium chloride
(table salt)

o
— R

Chlorine gas

< FIGURE 3.2 The Formation of an
lonic Compound An atom of
sodium (a metal) loses an electron
to an atom of chlorine (a nonmetal),
creating a pair of oppositely
charged ions. The sodium cation is
attracted to the chloride anion and
the two are held together as part of
a crystalline lattice.
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P> FIGURE 3.3 The Stability of a
Covalent Bond The potential energy
of a negative charge interacting with
two positive charges is lowest when
the negative charge is between the
two positive charges.

Lowest potential energy
VRN (most stable) -7

/
° ° - —-o0-—-9 g °
+ + + + - +

the nuclei of both atoms. The bond is called a covalent bond and the covalently bound
atoms compose a molecule. Each molecule is independent of the others—the molecules
are themselves not covalently bound to one another. Therefore, we call covalently bonded
compounds molecular compounds.

We can begin to understand the stability of a covalent bond by considering the most
stable (or lowest potential energy) configuration of a negative charge interacting with
two positive charges (which are separated by some small distance). Figure 3.3 A shows
that the lowest potential energy occurs when the negative charge lies between the two
positive charges because in this arrangement the negative charge can interact with both
positive charges. Similarly, shared electrons in a covalent chemical bond hold the bond-
ing atoms together by attracting the positively charged nuclei of both bonding atoms.

3.3 Representing Compounds: Chemical Formulas
and Molecular Models

The quickest and easiest way to represent a compound is with its chemical formula,
which indicates the elements present in the compound and the relative number of atoms
or ions of each. For example, H,O is the chemical formula for water—it indicates that
water consists of hydrogen and oxygen atoms in a two-to-one ratio. The formula contains
the symbol for each element and a subscript indicating the relative number of atoms of
the element. A subscript of 1 is typically omitted. Chemical formulas normally list the
more metallic (or more positively charged) elements first, followed by the less metallic
(or more negatively charged) elements. Other examples of common chemical formulas
include NaCl for sodium chloride, indicating sodium and chloride ions in a one-to-one
ratio; CO, for carbon dioxide, indicating carbon and oxygen atoms in a one-to-two ratio;
and CCly for carbon tetrachloride, indicating carbon and chlorine in a one-to-four ratio.

Types of Chemical Formulas

Chemical formulas can generally be categorized into three different types: empirical,
molecular, and structural. An empirical formula gives the relative number of atoms of
each element in a compound. A molecular formula gives the acfual number of atoms
of each element in a molecule of a compound. For example, the empirical formula for
hydrogen peroxide is HO, but its molecular formula is H,O,. The molecular formula is
always a whole-number multiple of the empirical formula. For some compounds, the
empirical formula and the molecular formula are identical. For example, the empirical
and molecular formula for water is H,O because water molecules contain two hydrogen
atoms and one oxygen atom, and no simpler whole-number ratio can express the relative
number of hydrogen atoms to oxygen atoms.

A structural formula uses lines to represent covalent bonds and shows how atoms
in a molecule are connected or bonded to each other. The structural formula for H,0, is:

H—O0O—O—H
Structural formulas may also be written to give a sense of the molecule’s geometry.
The structural formula for hydrogen peroxide can also be written as:

H

\
0—O0
H
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This version of the formula represents the approximate angles between bonds, giving
a sense of the molecule’s shape. Structural formulas can also depict the different types
of bonds that occur within molecules. For example, consider the structural formula for
carbon dioxide:

O0=C=0

The two lines between each carbon and oxygen atom represent a double bond, which is gen-
erally stronger and shorter than a single bond (represented by a single line). A single bond
corresponds to one shared electron pair, while a double bond corresponds to two shared
electron pairs. We will learn more about single, double, and even triple bonds in Chapter 9.

The type of formula we use depends on how much we know about the compound
and how much we want to communicate. A structural formula communicates the most
information, while an empirical formula communicates the least.

c““ce""ﬁp&?ﬂection 3.1 structural Formulas

Write a structural formula for water.

EXAMPLE 3.1 Molecular and Empirical Formulas
Write empirical formulas for the compounds represented by the molecular formulas.
(@ CHg  (b) BHs  (¢) CClLy

SOLUTION

To determine the empirical formula from a molecular formula, divide the subscripts
by the greatest common factor (the largest number that divides exactly into all of the
subscripts).

(a) For C4Hg, the greatest common factor is 4. The empirical formula is therefore CH,.
(b) For B,Hg, the greatest common factor is 2. The empirical formula is therefore BH;.

(¢) For CCly, the only common factor is 1, so the empirical formula and the
molecular formula are identical.

FOR PRACTICE 3.1
Write the empirical formula for the compounds represented by the molecular formulas.
(@) CGsHy,  (b) HgCl,  (¢) CH40,

Molecular Models

A molecular model is a more accurate and complete way to specify a compound. A
ball-and-stick molecular model represents atoms as balls and chemical bonds as sticks;
how the two connect reflects a molecule’s shape. The balls are typically color-coded to
specific elements. For example, carbon is customarily black, hydrogen is white, nitrogen
is blue, and oxygen is red. (For a complete list of colors of elements in the molecular
models used in this book, see Appendix IIA.)

In a space-filling molecular model, atoms fill the space between each other to more
closely represent our best estimates for how a molecule might appear if scaled to visible
size. Consider the following ways to represent a molecule of methane, the main compo-
nent of natural gas:

H

H oY

Molecular formula Structural formula Ball-and-stick model Space-filling model

Answers to For Practice and For More
Practice problems can be found in

. Phosphorus
O Sulfur
. Chlorine
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The molecular formula of methane indicates the number and type of each atom in the
molecule: one carbon atom and four hydrogen atoms. The structural formula indicates
how the atoms are connected: the carbon atom is bonded to the four hydrogen atoms.
The ball-and-stick model clearly portrays the geometry of the molecule: the carbon atom
sits in the center of a tetrahedron formed by the four hydrogen atoms. And finally, the
space-filling model gives the best sense of the relative sizes of the atoms and how they
merge together in bonding.

Throughout this book, you will see molecules represented in all of these ways. As
you look at these representations, keep in mind what you learned in Chapter 1: the details
about a molecule—the atoms that compose it, the lengths of the bonds between atoms,
A A tetrahedron is a three-dimensional the angles of the bonds between atoms, and its overall shape—determine the properties
geometrical shape characterized by of the substance that the molecule composes. Change any of these details and those prop-
four equivalent triangular faces. erties change. Table 3.1 shows various compounds represented in the different ways we
have just discussed.

ConceptlﬁI\'q

Cormnection 3.2 Representing Molecules

Based on what you learned in Chapter 2 about atoms, what part of the atom do you think
the spheres in the molecular space-filling models shown in Table 3.1 represent? If you
were to superimpose a nucleus on one of these spheres, how big would you draw it?

TABLE 3.1 Benzene, Acetylene, Glucose, and Ammonia

Name of Empirical Molecular Structural LT =TT
. Formula Formula Formula Ball-and-Stick Model Space-Filling Model
H
| Q
H C H ; g
NeZ N Q ‘,,9-\, o
Benzene CH CeHe | [ I
AL NN ) e
| Q
H
Acetylene CH CyH, H—C=C—H N B BN
0
by
| g »
H— (|3 —OH
HO—C—H »
Glucose CH,0 CeH1206 |
H— (|3 —OH
H— (|3 —OH
H,C
“SOH

H H
Ammonia NH3 NH3 ~ N - J%‘)
|
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3.4 An Atomic-Level View of Elements and Compounds

Recall from Chapter 1 that we can categorize pure substances as either elements or com-

pounds. We can subcategorize elements and compounds according to the basic units that

compose them, as shown in Figure 3.4 v. Elements may be either atomic or molecular. )

Compounds may be either molecular or ionic. V FIGURE 3.4 A Molecular View of
Elements and Compounds

Classification of Elements and Compounds

Pure

( substanc )
o)

3 { R}

2 9 @ @ ® @
2 ® @ 3

Example: Ne Example: O, Example: H,O Example: NaCl

Qo

NaCl formula unit

Atomic elements exist in nature with single atoms as their basic units. Most ele-
ments fall into this category. For example, helium is composed of helium atoms,
aluminum is composed of aluminum atoms, and iron is composed of iron atoms.
Molecular elements do not normally exist in nature with single atoms as their basic
units; instead, they exist as molecules—two or more atoms of the element bonded
together. Most molecular elements exist as diatomic molecules. For example, hydrogen
is composed of H, molecules, nitrogen is composed of N, molecules, and chlorine is _ D1atom1c chlorine
composed of Cl, molecules. A few molecular elements exist as polyatomic molecules. . molecules
Phosphorus exists as P4, and sulfur exists as Sg. Figure 3.5 v shows the elements that
exist primarily as diatomic or polyatomic molecules.

-~

Molecular Elements o
A The basic units that compose

1A SA chlorine gas are diatomic chlorine
1 18 molecules.
1L 2A |:| Elements that exist as diatomic molecules 3A 4A 5A 6A T7A| 2
H 2 13 14 15 16 17 | He
S 3] 4 |:| Elements that exist as polyatomic molecules 516|781 910
Li | Be B C|N|O F | Ne

11| 12| 3B 4B 5B 6B 7B —8B— IB 2B 13| 1415|1617 | 18
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A Molecular Compound

An lonic Compound

Some ionic compounds, such as K,NaP0,,
contain more than one type of metal ion.

People occasionally refer to formula units
as molecules, but this is not correct since
ionic compounds do not contain distinct
molecules.

KEEP OUT OF REACH H

n
DANGER: corrosive

A Polyatomic ions are common in
household products such as bleach,
which contains sodium hypochlorite
(NaCloO).

A FIGURE 3.6 Molecular and lonic Compounds (a) Propane is an example of a molecular compound.
The basic units that compose propane gas are propane (C3Hg) molecules. (b) Table salt (NaCl) is an
ionic compound. Its formula unit is the simplest charge-neutral collection of ions: one Na* ion and
one CI” ion.

Molecular compounds are usually composed of two or more covalently bonded
nonmetals. The basic units of molecular compounds are molecules composed of the con-
stituent atoms. For example, water is composed of H,O molecules, dry ice is composed
of CO, molecules, and propane (often used as a fuel for grills) is composed of C;Hg
molecules as shown in Figure 3.6(a) a.

Ionic compounds are composed of cations (usually a metal) and anions (usually
one or more nonmetals) bound together by ionic bonds. The basic unit of an ionic
compound is the formula unit, the smallest, electrically neutral collection of ions. A
formula unit is not a molecule—it does not usually exist as a discrete entity but
rather as part of a larger lattice. For example, the ionic compound table salt, with the
formula unit NaCl, is composed of Na* and CI~ ions in a one-to-one ratio. In table
salt, Na* and Cl™ ions exist in a three-dimensional alternating array. Because ionic
bonds are not directional, no one Na" ion pairs with a specific Cl”~ ion. Rather, as
you can see in Figure 3.6(b) a, any one Na* cation is surrounded by CI~ anions and
vice versa.

Many common ionic compounds contain ions that are themselves composed of a
group of covalently bonded atoms with an overall charge. For example, the active
ingredient in household bleach is sodium hypochlorite, which acts to chemically
alter color-causing molecules in clothes (bleaching action) and to kill bacteria (dis-
infection). Hypochlorite is a polyatomic ion—an ion composed of two or more
atoms—with the formula CIO . (Note that the charge on the hypochlorite ion is a
property of the whole ion, not just the oxygen atom; this is true for all polyatomic
ions.) The hypochlorite ion is often found as a unit in other compounds as well [such
as KCIO and Mg(ClO),]. Other common compounds that contain polyatomic ions
include sodium bicarbonate (NaHCOs), also known as baking soda, sodium nitrite
(NaNO,), an inhibitor of bacterial growth in packaged meats, and calcium carbonate
(CaCO0y), the active ingredient in antacids such as Tums.

C”“cep"@\&aection 3.3 A Molecular View of Elements and Compounds

Suppose that the two elements A (represented by triangles) and B (represented by
squares) form a molecular compound with the molecular formula A,B, and that two
other elements, C (represented by circles) and D (represented by diamonds) form an
ionic compound with the formula CD. Draw a molecular level view of each compound.
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EXAMPLE 3.2 Classifying Substances as Atomic Elements,
Molecular Elements, Molecular Compounds, or
Ionic Compounds

Classify each of the substances as an atomic element, molecular element, molecular

compound, or ionic compound.

(a) xenon (b) NiCl, (¢) bromine (d) NO, (e) NaNO;y

SOLUTION
(a) Xenon is an element. It is not a molecular element (see Figure 3.5); therefore, it is
an atomic element.

(b) NiCl, is a compound composed of a metal (left side of the periodic table)
and nonmetal (right side of the periodic table); therefore, it is an ionic compound.

(¢) Bromine is one of the elements that exists as a diatomic molecule (see Figure 3.5);
therefore, it is a molecular element.

(d) NO, is a compound composed of a nonmetal and a nonmetal; therefore, it is a
molecular compound.

(e) NaNOj is a compound composed of a metal and a polyatomic ion; therefore, it is
an ionic compound.

FOR PRACTICE 3.2

Classify each of the substances as an atomic element, molecular element, molecular
compound, or ionic compound.

(a) fluorine (b) N,O (c) silver (d) K,O (e) Fe,O3

Conceptlﬂl\'q

Cornection 3.4 ronic and Molecular Compounds

Which statement best summarizes the difference between ionic and molecular
compounds?

(a) Molecular compounds contain highly directional covalent bonds, which results in
the formation of molecules—discrete particles that do not covalently bond to each
other. Tonic compounds contain non-directional ionic bonds, which results (in the
solid phase) in the formation of ionic lattices—extended networks of alternating
cations and anions.

(b) Molecular compounds contain covalent bonds in which one of the atoms shares an
electron with the other one, resulting in a new force that holds the atoms together in
a covalent molecule. Ionic compounds contain ionic bonds in which one atom
donates an electron to the other, resulting in a new force that holds the ions together
in pairs (in the solid phase).

(c) The key difference between ionic and covalent compounds is the types of elements
that compose them, not the way that the atoms bond together.

(d) A molecular compound is composed of covalently bonded molecules. An ionic
compound is composed of ionically bonded molecules (in the solid phase).

3.5 lonic Compounds: Formulas and Names

Tonic compounds occur throughout Earth’s crust as minerals. Examples include
limestone (CaCO;), a type of sedimentary rock; gibbsite [Al(OH);], an aluminum-
containing mineral; and soda ash (Na,COj;), a natural deposit. We can also find ionic
compounds in the foods that we eat. Examples include sodium chloride (NaCl), which
is table salt; calcium carbonate (CaCOs), a source of calcium necessary for bone health;
and potassium chloride (KCl), a source of potassium necessary for fluid balance and

A Tonic compounds are common in
food and consumer products such as
light salt (a mixture of NaCl and KCI)
and Tums (CaCOy).
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P> Calcite (left) is the main component
of limestone, marble, and other forms
of calcium carbonate (CaCO3)
commonly found in Earth’s crust.
Trona (right) is a crystalline form

of hydrated sodium carbonate
(NazH(CO3), + 2H,0).

See Figure 2.14 to review the elements that
form ions with a predictable charge.

PROCEDURE FOR...

Writing Formulas for
Ionic Compounds

muscle function. Ionic compounds are generally very stable because the attractions
between cations and anions within ionic compounds are strong and because each ion
interacts with several oppositely charged ions in the crystalline lattice.

Arﬂ%'\ﬂ

) Y i

Writing Formulas for lonic Compounds

Since ionic compounds are charge-neutral, and since many elements form only one type
of ion with a predictable charge, we can deduce the formulas for many ionic compounds
from their constituent elements. For example, the formula for the ionic compound com-
posed of sodium and chlorine must be NaCl because in compounds Na always forms 1+
cations and Cl always forms 1— anions. In order for the compound to be charge-neutral, it
must contain one Na™ cation to every one CI~ anion. The formula for the ionic compound
composed of calcium and chlorine, however, is CaCl, because Ca always forms 2+ cat-
ions and Cl always forms 1— anions. In order for this compound to be charge-neutral, it
must contain one Ca>" cation for every two CI~ anions.

Summarizing lonic Compound Formulas:
» Ionic compounds always contain positive and negative ions.

» In a chemical formula, the sum of the charges of the positive ions (cations) must
equal the sum of the charges of the negative ions (anions).

P The formula of an ionic compound reflects the smallest whole-number ratio of ions.
To write the formula for an ionic compound, follow the procedure in the left column

below. Two examples of how to apply the procedure are provided in the center and right
columns.

EXAMPLE 3.3

Writing Formulas for
Ionic Compounds

EXAMPLE 3.4

Writing Formulas for
Tonic Compounds

Write the formula for the ionic com-
pound that forms between aluminum
and oxygen.

Write the formula for the ionic
compound that forms between calcium
and oxygen.

1. Write the symbol for the metal cat-
ion and its charge followed by the
symbol for the nonmetal anion and
its charge. Determine charges from
the element’s group number in the
periodic table (refer to Figure 2.14).

A13 + 02 -

Ca2+ 02*

2. Adjust the subscript on each cation
and anion to balance the overall
charge.

Al3 + 02 -
{
ALO,

3. Check that the sum of the charges
of the cations equals the sum of the
charges of the anions.

cations: 2(3+) = 6+
anions: 3(2—) = 6—
The charges cancel.

cations: 2+
anions: 2—
The charges cancel.
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FOR PRACTICE 3.3 FOR PRACTICE 3.4

Write the formula for the compound Write the formula for the compound
formed between potassium and sulfur. | formed between aluminum and nitrogen.

Naming lonic Compounds
Some ionic compounds—such as NaCl (table salt) and NaHCOj; (baking soda)—

have common names, which are nicknames of sorts learned by familiarity.  1ap1E3.2 Metals Whose Charge Is
However, chemists have developed systematic names for different types of com- pvariant from One Compound to Another

pounds including ionic ones. Even if you are not familiar with a compound, you

can determine its systematic name from its chemical formula. Conversely, you can ~ Metal

deduce the formula of a compound from its systematic name.

The first step in naming an ionic compound is to identify it as one. Remember,
ionic compounds are usually composed of metals and nonmetals; any time you see ~ Na
a metal and one or more nonmetals together in a chemical formula, assume that you K
have an ionic compound. Ionic compounds can be categorized into two types, Rp
depending on the metal in the compound. The first type contains a metal whose

Li

.o . . . Cs
charge is invariant from one compound to another. Whenever the metal in this first
type of compound forms an ion, the ion always has the same charge. Be
Mg
Ca
IONIC COMPOUNDS
Metal and nonmetal Sr
Ba
{ ) ,
Zn
Metal form Metal forms mo Sc
one type than one type of
Ag* *

Li*
Na©
K+
Rb"
Cs"
BeQ+
Mg2+
Ca2+
st
Ba2+
A|3+
Zn2+

Sc3+
+

Ag

Name

Lithium
Sodium
Potassium
Rubidium
Cesium
Beryllium
Magnesium
Calcium
Strontium
Barium
Aluminum
Zinc
Scandium

Silver

Group
Number

1A
1A
1A
1A
1A
2A
2A
2A
2A
2A
3A

*
*

*

. . o o . *The charge of these metals cannot be inferred from their
Since the charge of the metal in this first type of ionic compound is always  goup number.

the same, it need not be specified in the name of the compound. Sodium, for **Silver sometimes forms compounds with other charges,
instance, has a 1+ charge in all of its compounds. Table 3.2 lists some examples  but these are rare.

of these types of metals; the charges of these metals can be inferred from their
group number in the periodic table.

The second type of ionic compound contains a metal with a charge that can differ in
different compounds. In other words, the metal in this second type of ionic compound
can form more than one kind of cation (depending on the compound), and its charge
must therefore be specified for a given compound. Iron, for instance, forms a 2+ cation
in some of its compounds and a 3+ cation in others. Metals of this type are often
transition metals (Figure 3.7 »). However, some transition metals, such as Zn and Ag,
form cations with the same charge in all of their compounds (as shown in Table 3.2), and
some main group metals, such as Pb and Sn, form more than one type of cation.

Naming Binary lonic Compounds Containing
a Metal That Forms Only One Type of Cation

Binary compounds contain only two different elements. The names of binary ionic
compounds take the form:

name of base name of
cation anion (nonmetal)
(metal) + -ide
J

For example, the name for KCI consists of the name of the cation, potassium,
followed by the base name of the anion, chlor, with the ending -ide. Its full name is
potassium chloride.

KCl potassium chloride

| []Main groups
— [] Transition metals

A FIGURE 3.7 Transition Metals
Metals that can have different charges
in different compounds are usually
(but not always) transition metals.
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TABLE 3.3 Some Common
Monoatomic Anions

Chapter 3 Molecules, Compounds, and Chemical Equations

The name for CaO consists of the name of the cation, calcium, followed by the base
name of the anion, ox, with the ending -ide. Its full name is calcium oxide.

CaO calcium oxide

Symbol Base Anion
Nonmetal forlon Name Name
Fluorine F fluor  Fluoride
Chlorine ~ CI™ chlor  Chloride
Bromine  Br brom  Bromide
lodine I iod lodide
Oxygen 0% ox Oxide
Sulfur $27  sulf Sulfide
Nitogen N3~ nitr Nitride

Phosphorus P3~

phosph Phosphide

Note that there is no space between the
name of the cation and the parenthetical
number indicating its charge.

The base names for various nonmetals, and their most common charges in ionic
compounds, are shown in Table 3.3.

SOLUTION

The cation is calcium. The anion is from bromine, which becomes bromide.
The correct name is calcium bromide.

EXAMPLE 3.5 Naming Ionic Compounds Containing a Metal

That Forms Only One Type of Cation

Name the compound CaBr,.

FOR PRACTICE 3.5
Name the compound AgzN.

FOR MORE PRACTICE 3.5
Write the formula for rubidium sulfide.

Naming Binary lonic Compounds Containing

a Metal That Forms More Than One Kind of Cation

For these types of metals, the name of the cation is followed by a roman numeral
(in parentheses) that indicates the charge of the metal in that particular compound. For
example, we distinguish between Fe?* and Fe?* as follows:

TABLE 3.4 Some Metals That Form Cations with

Different Charges
Metal lon
Chromium  Cr**
crt
Iron Fe?*
Fes*
Cobalt Co?*
Co®"
Copper Cu*
Cu?”
Tin Sn?"
Sn**
Mercury Hg,%"
Hg”*
Lead Pb?*
Pb**

Name

Chromium(ll)
Chromium(lll)
Iron(ll)
Iron(I1l)
Cobalt(Il)
Cobalt(lll)
Copper(l)
Copper(ll)

Tin(Il)
Tin(IV)

Mercury(l)
Mercury(ll)
Lead(ll)
Lead(IV)

Fe’™  iron(I)

Fe’™  iron(Ill)

The full names for compounds containing metals that form more than one
kind of cation have the form:

Older Name* name of charge of cation (metal) base name of
cation in roman numerals anion (nonmetal)

Chromous (metal) in parentheses + -ide
Chromic _
Ferrous ) ) )

) You can determine the charge of the metal cation by inference from the
Ferric .

sum of the charges of the nonmetal anions—remember that the sum of all

Cobaltous the charges in the compound must be zero. Table 3.4 shows some of the
Cobaltic metals that form more than one cation and their most common charges.
Cuprous For example, in CrBr3, the charge of chromium must be 3+ in order for the
Cupric compound to be charge-neutral with three Br™ anions. The cation is named
Stannous Cr’" chromium(IIT)
Stannic The full name of the compound is
Mercurous
Mercuric CrBr; chromium(III) bromide
Plumbous Similarly, in CuO the charge of copper must be 2+ in order for the compound
Plumbic to be charge-neutral with one O?~ anion. The cation is therefore named

*An older naming system substitutes the names found in this column for
the name of the metal and its charge. Under this system, chromium(Il)
oxide is named chromous oxide. Additionally, the suffix -ous indicates the

ion with the lesser charge and -ic indicates the ion with the greater charge.

We will not use the older system in this text.

Cu’"  copper(Il)
The full name of the compound is

CuO copper(Il) oxide
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EXAMPLE 3.6 Naming Ionic Compounds Containing a Metal That
Forms More Than One Kind of Cation

Name the compound PbCl,.

SOLUTION

The charge on Pb must be 4+ for the compound to be charge-neutral with four C1™
anions. The name for PbCly is the name of the cation, lead, followed by the charge of
the cation in parentheses (IV) and the base name of the anion, chlor, with the ending
-ide. The full name is lead(1V) chloride.

PbCl; lead(IV) chloride

FOR PRACTICE 3.6
Name the compound FeS.

FOR MORE PRACTICE 3.6
Werite the formula for ruthenium(IV) oxide.

Naming lonic Compounds Containing Polyatomic lons

We name ionic compounds that contain a polyatomic ion in the same way as other ionic
compounds, except that we use the name of the polyatomic ion whenever it occurs.
Table 3.5 lists common polyatomic ions and their formulas. For example, NaNO, is
named according to its cation, Na* (sodium), and its polyatomic anion, NO,~ (nitrite).
Its full name is sodium nitrite.

NaNO, sodium nitrite

FeSO, is named according to its cation iron, its charge (II), and its polyatomic ion
sulfate. Tts full name is iron(Il) sulfate.

FeSO, iron(Il) sulfate

If the compound contains both a polyatomic cation and a polyatomic anion, use the
names of both polyatomic ions. For example, NH,;NO; is ammonium nitrate.

NH4NO; ammonium nitrate

TABLE 3.5 Some Common Polyatomic lons

Name Formula Name Formula
Acetate CoH30, Hypochlorite Clo™
Carbonate C05%~ Chlorite Clo,~
Hydrogen carbonate HCO5;™ Chlorate Clo3~
(or bicarbonate)

Hydroxide OH Perchlorate ClO4
Nitrite NO, Permanganate MnO4
Nitrate NO3 Sulfite S04~
Chromate Cro,>~ Hydrogen sulfite (or bisulfite) HSO3™
Dichromate Cry042 Sulfate 8042~
Phosphate P0437 Hydrogen sulfate (or bisulfate) HSO4
Hydrogen phosphate HPO,2 Cyanide CN
Dihydrogen phosphate HoPO, Peroxide 0,2~

Ammonium

99
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Other halides (halogen ions) form similar
series with similar names. Thus, 103~ is
called iodate and Br03~ is called bromate.

COC12 - 6H,O COC12

A FIGURE 3.8 Hydrates Cobalt(II)
chloride hexahydrate is pink. Heating
the compound removes the waters of
hydration, leaving the blue anhydrous
cobalt(II) chloride.

Common hydrate prefixes
hemi = 1/2

mono =1

di=2

tri=3

tetra=4

penta=5

hexa =6

hepta =7

octa=8

You should be able to recognize polyatomic ions in a chemical formula, so become
familiar with the ions listed in Table 3.5. Most polyatomic ions are oxyanions, anions
containing oxygen and another element. Notice that when a series of oxyanions con-
tains different numbers of oxygen atoms, they are named systematically according to the
number of oxygen atoms in the ion. If there are only two ions in the series, the one with
more oxygen atoms has the ending -afe and the one with fewer has the ending -ite. For
example, NO; ™~ is nitrate and NO, ™ is nitrite.

NO; ™ nitrate
NO, ™ nitrite

If there are more than two ions in the series, then the prefixes hypo-, meaning less than,
and per-, meaning more than, are used. So ClO™ is hypochlorite (less oxygen than
chlorite), and ClO, " is perchlorate (more oxygen than chlorate).

ClO™ hypochlorite
ClO,™  chlorite
ClO;~  chlorate

ClO,~  perchlorate

EXAMPLE 3.7 Naming Ionic Compounds That Contain a
Polyatomic Ion

Name the compound Li,Cr,0;.

SOLUTION

The name for Li,Cr,05 is the name of the cation, /ithium, followed by the name
of the polyatomic ion, dichromate. Its full name is lithium dichromate.

Li,Cr,O; lithium dichromate
FOR PRACTICE 3.7
Name the compound Sn(ClO3),.

FOR MORE PRACTICE 3.7
Write the formula for cobalt(I) phosphate.

Hydrated lonic Compounds

Some ionic compounds—called hydrates—contain a specific number of water mole-
cules associated with each formula unit. For example, the formula for epsom salts is
MgSO, - TH,O and its systematic name is magnesium sulfate heptahydrate. The seven
H,0 molecules associated with the formula unit are waters of hydration. Waters of
hydration can usually be removed by heating the compound. Figure 3.8 < shows a sample
of cobalt(Il) chloride hexahydrate (CoCl, - 6H,0) before and after heating. The hydrate
is pink and the anhydrous salt (the salt without any associated water molecules) is blue.
Hydrates are named just as other ionic compounds, but they are given the additional name
“prefixhydrate,” where the prefix indicates the number of water molecules associated
with each formula unit.
Other common hydrated ionic compounds and their names are as follows:

CaSO, - %HZO calcium sulfate hemihydrate
BaCl, - 6H,O barium chloride hexahydrate
CuSO,4+5H,O  copper(Il) sulfate pentahydrate
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3.6 Molecular Compounds: Formulas and Names

In contrast to ionic compounds, the formula for a molecular compound cannot read-
ily be determined from its constituent elements because the same combination of ele-
ments may form many different molecular compounds, each with a different formula.
Recall from Chapter 1, for example, that carbon and oxygen form both CO and CO,, and
that hydrogen and oxygen form both H,O and H,0O,. Nitrogen and oxygen form all of
the following unique molecular compounds: NO, NO,, N,O, N,O3, N,O4, and N,Os. In
Chapter 9, you will learn how to understand the stability of these various combinations
of the same elements. For now, we focus on naming a molecular compound based on its
formula and writing its formula based on its name.

Naming Molecular Compounds

Like ionic compounds, many molecular compounds have common names. For example,
H,0 and NH; have the common names water and ammonia. However, the sheer number
of existing molecular compounds—numbering in the millions—necessitates a systematic
approach to naming them.

The first step in naming a molecular compound is identifying it as one. Remember,
molecular compounds are composed of two or more nonmetals. In this section, you learn
how to name binary (two-element) molecular compounds. Their names have the form

name of base name of
prefix 1st prefix 2nd element
element + -ide

When writing the name of a molecular compound, as when writing the formula, the
first element is the more metal-like one (toward the left and bottom of the periodic table).
Generally, write the name of the element with the smallest group number first. If the two
elements lie in the same group, then write the element with the greatest row number first.
The prefixes given to each element indicate the number of atoms present:

mono = 1 hexa = 6
di=2 hepta = 7
tri = 3 octa = 8§
tetra = 4 nona = 9
penta = 5 deca = 10

If there is only one atom of the first element in the formula, the prefix mono- is
normally omitted. For example, we name NO, according to the first element, nitrogen,
with no prefix because mono- is omitted for the first element, followed by the prefix di,
to indicate two oxygen atoms, and the base name of the second element, ox, with the
ending -ide. Its full name is nitrogen dioxide.

NO, nitrogen dioxide
We name the compound N,O, sometimes called laughing gas, similarly except that
we use the prefix di- before nitrogen to indicate two nitrogen atoms and the prefix mono-

before oxide to indicate one oxygen atom. Its full name is dinitrogen monoxide.

N,O dinitrogen monoxide

These prefixes are the same as those used in
naming hydrates.

When a prefix ends with “o” and the base
name begins with “o,” the first “o” is often
dropped. So mono-oxide hecomes monoxide.
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A Many fruits are acidic and have the
characteristically sour taste of acids.

EXAMPLE 3.8 Naming Molecular Compounds
Name each compound.
(a) NI (b) PCls () PsSyo

SOLUTION

(a) The name of the compound is the name of the first element, nitrogen, followed by
the base name of the second element, iod, prefixed by #ri- to indicate three and
given the suffix -ide.

NI, nitrogen triiodide

(b) The name of the compound is the name of the first element, phosphorus, followed
by the base name of the second element, chlor, prefixed by penta- to indicate five
and given the suffix -ide.

PCl; phosphorus pentachloride

(¢) The name of the compound is the name of the first element, phosphorus, prefixed
by fetra- to indicate four, followed by the base name of the second element, sulf,
prefixed by deca to indicate ten and given the suffix -ide.

P,S1o tetraphosphorus decasulfide
FOR PRACTICE 3.8
Name the compound N,Os.

FOR MORE PRACTICE 3.8
Write the formula for phosphorus tribromide.

Concept{apq

_Connection 3.5 Nomenclature

The compound NClj is nitrogen trichloride, but AICl; is simply aluminum chloride. Why?

Naming Acids

We can define acids in a number of ways, as we will discuss in Chapter 15. For now we
define acids as molecular compounds that release hydrogen ions (H") when dissolved in
water. Acids are composed of hydrogen, usually written first in their formula, and one or
more nonmetals, written second. For example, HCI is a molecular compound that, when
dissolved in water, forms H'(ag) and Cl (ag) ions, where aqueous (aq) means dissolved
in water. Therefore, HCI is an acid when dissolved in water. To distinguish between
gaseous HCI (which is named hydrogen chloride because it is a molecular compound)
and HCI in solution (which is named hydrochloric acid because it is an acid), we write
the former as HCI(g) and the latter as HCl(aq).

Acids are characterized by their sour taste and their ability to dissolve many
metals. For example, hydrochloric acid is present in stomach fluids, and its sour
taste becomes painfully obvious during vomiting. Hydrochloric acid also dissolves
some metals. For example, if you put a strip of zinc into a test tube of hydrochloric
acid, it slowly dissolves as the H'(aq) ions convert the zinc metal into Zn** (ag)
cations (Figure 3.9»).

Acids are present in foods such as lemons and limes and are used in household
products such as toilet bowl cleaner and Lime-A-Way. In this section, we discuss how
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Acids Dissolve Many Metals <« FIGURE 3.9 Hydrochloric Acid
Dissolving Zinc Metal The zinc atoms

are ionized to zinc ions, which dissolve
in the water. The HCI forms H, gas,
which is responsible for the bubbles
you can see in the test tube.

Zn metal

H, gas

HClI solution

to name them; in Chapter 15 you will learn more about their properties. Acids can be
categorized into two types: binary acids and oxyacids.

Y

contai
Naming Binary Acids

Binary acids are composed of hydrogen and a nonmetal. Names for binary acids have
the form:

base n
of no

For example, HCl(aq) is hydrochloric acid and HBr(aq) is hydrobromic acid.

HCl(aq) hydrochloric acid HBr(ag) hydrobromic acid

EXAMPLE 3.9 Naming Binary Acids
Name Hl(aq).

SOLUTION
The base name of I is iod, so HI(aq) is hydroiodic acid.

Hl(aq) hydroiodic acid

FOR PRACTICE 3.9
Name HF(ag).
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Naming Oxyacids

Oxyacids contain hydrogen and an oxyanion (an anion containing a nonmetal and
oxygen). The common oxyanions are listed in the table of polyatomic ions (Table 3.5).
For example, HNO5(ag) contains the nitrate (NO5 ") ion, H,SOj3(aq) contains the sulfite
(SO5%7) ion, and H,SO,(aq) contains the sulfate (SO,>") ion. Oxyacids are a combina-
tion of one or more H' ions with an oxyanion. The number of H" ions depends on the
charge of the oxyanion; the formula is always charge-neutral. The names of oxyacids
depend on the ending of the oxyanion and take the following forms:

oxyanions ending with -ate e
base name
of oxyanion acid

+ -ic ’

oxyanions ending with -ite r
base name
of oxyanion acid
+ -ous ’

So HNOs(aq) is nitric acid (oxyanion is nitrate), and H,SOs(ag) is sulfurous acid
(oxyanion is sulfite).

‘4_0, Chemistry in the Environment
Acid Rain

HNO;(agq) nitric acid H,S05(aq) sulfurous acid

Certain pollutants—such as NO, NO,, and SO,—form acids nutrients in the soil and by damaging leaves. Appalachian red
when mixed with water. NO and NO,, primarily emitted in spruce trees have been the hardest hit, with many forests
vehicular exhaust, combine with atmospheric oxygen and showing significant acid rain damage.
water to form nitric acid, HNOs(ag). SO,, emitted primarily In addition, acid rain degrades building materials because
from coal-powered electricity generation, combines with acids dissolve iron, the main component of steel, and CaCOs
atmospheric oxygen and water to form sulfuric acid, (limestone), a main component of marble and concrete. Con-
H,SO,(aq). Both HNO;(aq) and H,SO,(ag) result in acidic sequently, acid rain has damaged many statues, buildings, and
rainwater. The problem is greatest in the northeastern United bridges in the northeastern United States.
States where pollutants from midwestern electrical power Acid rain has been a problem for many years but legisla-
plants combine with rainwater to produce rain that is up to ten tion passed toward the end of the last century has begun to
times more acidic than normal. address this issue. In 1990, Congress passed several amend-

Acid rain can fall or flow into lakes and streams, making ments to the Clean Air Act that included provisions requiring
these bodies of water more acidic. Some species of aquatic electrical utilities to lower SO, emissions. Since then, SO,
animals—such as trout, bass, snails, salamanders, and emissions have decreased and rain in the northeastern United
clams—cannot tolerate the increased acidity and die. This in States has become somewhat less acidic. With time, and with
turn disturbs the ecosystem of the lake, resulting in continued enforcement of the acid rain regulation, lakes,
imbalances that may lead to the death of other aquatic species. streams, and forests damaged by acid rain should recover.
Acid rain also weakens trees by dissolving and washing away

Question

v A forest damaged by acid rain. Name each compound given here as formulas: NO, NO,, SO,,

HzSO4, HNO3, CaCO3.

» Acid rain damages
building materials such
as the limestone that
composes many statues.
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EXAMPLE 3.10 Naming Oxyacids
Name HC2H302(aq)

SOLUTION
The oxyanion is acetate, which ends in -afe; therefore, the name of the acid is
acetic acid.

HC,H;05(aq) acetic acid

FOR PRACTICE 3.10
Name HNO,(aq).

FOR MORE PRACTICE 3.10
Write the formula for perchloric acid.

3.7 Summary of Inorganic Nomenclature

In the previous two sections, we discussed naming inorganic compounds, specifically
ionic compounds, molecular compounds, and acids. However, we often have to name
a compound without initially knowing the category into which it falls. In other words,
real life nomenclature is a bit messier than the categorized nomenclature we just worked
through. Figure 3.10 v summarizes inorganic nomenclature in a flow chart that will help
you to tackle nomenclature from beginning to end.

To use the flow chart, begin by determining what type of compound you are trying
to name. For example, to name the compound MgCl,, you need to decide if the

Inorganic Nomenclature Flow Chart

IONIC

Metal and
nonmetal

\

Metal forn
than one t)

v
na base name of | name of | base name of
anion (nonmetal) prefix 1st prefix | 2nd element
: + -ide J element_ ) J) + -ide J .
Example: Cal, Example: P,0s Example: H3PO,
calcium iodide diphosphorus pentoxide phosphoric acid

name charge of cation (metal) | base name of
cati in roman numerals anion (nonmetal) hydr
in parentheses + -ide J
Example: FeCl3 Example: HCI Example: H,S03

iron(lll) chloride hydrochloric acid sulfurous acid

A FIGURE 3.10 Inorganic Nomenclature Flow Chart The chart summarizes how to name inorganic Acids must be in aqueous solution.

compounds. Begin by determining if the compound to be named is ionic, molecular, or an acid.
Then follow the flow chart for that category from top to bottom until you arrive at a name for
the compound.
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MgCl,

IONIC
Metal and
nonmetal

Metal for
type of i
name | base name of
.
+ -ide
o

anion (nonmetal)
Magnesiﬁm chloride
A FIGURE 3.11 Flow Chart Path
for MgCl,

SOLUTION

compound is ionic, molecular, or an acid. In this case, since MgCl, is composed of a
metal and nonmetal, it is ionic. Therefore, you begin at the box labeled “IONIC” at the
far left side of the flow chart.

Next, determine whether the metal in the compound forms only one type of ion or
more than one type. You can decide this by looking for the metal (in this case magnesium)
in Table 3.2. Since magnesium is listed in the table, it forms only one type of ion;
therefore, you take the left branch in the flow chart as shown in Figure 3.11 «.

Finally, name the compound according to the blocks at the end of the path in the
flow chart. In this case, write the name of the cation (the metal) followed by the base
name of the anion (the nonmetal) appended with the ending -ide. Its full name is magne-
sium chloride.

EXAMPLE 3.11 Using the Nomenclature Flow Chart to Name Compounds
Use the flow chart in Figure 3.10 to name each compound.

(@) SO,  (b) HCIO4aq)  (¢) CoF,

(a) S02

Begin by determining whether the compound is ionic, molecular, or an
acid. Since SO, contains only nonmetals, it is molecular.

Name the compound as the name of the first element, sulfur (no prefix
since the prefix is dropped for mono), followed by the base name of the
second element, ox, prefixed by di to indicate two, and given the suffix -ide.

"name of | [ base name of
prefix 1st prefix | 2nd element
element + -ide
 —

Sulfur dioxide

(b) HClO4(ag)

Next determine whether the acid contains oxygen. Since HCIO,4 contains
oxygen, it is an oxyacid.

Then determine whether the name of the oxyanion ends in -ate or -ite.
Since the oxyanion is perchlorate, it ends in -ate.

ACIDS
. L. L. H and one or ‘
Begin by determining whether the compound is ionic, molecular, or an more nonmetals
acid. Since HCI1Oy4(aqg) contains H and one more nonmetal and is
designated as aqueous, it is an acid. Oxyaclds

contain oxy,

-ate

base name
. . . . of oxyanio a
Finally, name the acid as the base name of the oxyanion, perchlor, with +-ic sl
the ending -ic, followed by the word acid. Perchloric acid

(C) COF2

FOR PRACTICE 3.11

Begin by determining whether the compound is ionic, molecular, or an
acid. Since CoF, contains a metal and a nonmetal, it is ionic.

Next refer to Table 3.2 to determine whether the metal forms one type
of ion or more than one type. Since Co is not listed in Table 3.2, it must
form more than one type of ion.

Name the compound as the name of the cation, cobalt, followed by the (me in parentheses
charge of the cation in parentheses (1I), and the base name of the anion,
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