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the fountain. They also conclude that the water, pebbles, and concrete in the fountain
are not metals.

As they approach the construction site, Anna and Bill examine the painted
mural. Through the peephole in the mural, they see gravel, cinder blocks, metallic
tubes for ductwork, steel beams, and copper pipe. They add more nonmetals and
metals to their list. A welder is joining two pieces of metal. Sparks are flying every-
where. Anna and Bill wonder what is in the sparks. Since the sparks are so small and
vani

where
they . They
won . They
sip soft minum cans. They a bench to enjoy their lunch in
the suns students playing vo n a sandpit. As they put on their

sunscreen, they wonder how they might classify sunlight. After lunch, they hurry off
to an afternoon class. On the way, they notice a variety of vehicles on campus. Some

cars they
fuels their
afeel their

engine’s heat.

How are Bill’s and Anna’s observations related to chemistry? What characteris-
tics have they identified that they can use n
started their classification with metals and n o
they devise? ‘

Now it’s your turn. Make a list of things relevant to chemistry in the location
where you are reading this. How will you classify the things on your list? What
characteristics will you use to organize the items into categories? Most important,

wh
answers to these questions. As you learn

wh p explanations for how substances look,
change, and behave.

Questions for Consideration

1.1 What characteristics distinguish different types of matter?

1.2 What are some properties of matter?

1.3 What is energy and how does it differ from matter?

1.4 What approaches do scientists use to answer these and other questions?
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This icon refers to a Math
Toolbox that provides more
detail and practice.

FIGURE 1.1 Sand is composed of
a mineral, silica. It contains the
elements silicon and oxygen in
specific proportions.

Math Tools Used in This Chapter

Scientific Notation (Math Toolbox 1.1)
Significant Figures (Math Toolbox 1.2)
Units and Conversions (Math Toolbox 1.3)

All the things that Anna and Bill observed on campus are examples of matter. The
fountain, the metal sculpture, the construction site, the balloons outside the book-
store, the exhaust fumes from buses, the pizza they had for lunch, even Bill and
Anna themselves—all are matter. Matter is anything that occupies space and has
mass. Mass is a measure of the quantity of matter. The interaction of mass with
gravity creates weight, which can be measured on a scale or balance.

Some of Bill’s and Anna’s observations, however, were not of matter. Sunlight,
the light from welding, and the heat of automobile engines are not matter. They do
not occupy space, and they have no mass. They are forms of energy. Energy is the
capacity to move an object or to transfer heat. We’ll discuss energy in Section 1.3,
but for now, let’s focus on matter.

All of Anna’s and Bill’s observations are relevant to chemistry, because chem-
istry is the study of matter and energy. Since the entire physical world is matter and
energy, chemistry would be an overwhelming subject of study if we did not classify
phenomena in manageable ways. Anna and Bill used characteristics like shininess
and hardness when they decided some materials were metals and others were not.
Let’s explore some other characteristics that can be used to classify matter.

Composition of Matter

Some pure substances can be observed. For example, the aluminum in Anna’s

soda can is pure. It isn with any tances, althoug d
with plastic and paint, o the san Bill and Anna e
two or may vary in ¢ on. The
is mad concrete, and Even th

is not a pure substance since small amounts of gases and minerals are dissolved in it,
Like sand, however, it could be made pure if all the other substances were removed.

all
Pu
mi

Elements All matter consists of pure substances or mixtures of substances. Pure
es, in
e that
For e

10
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contaminants, Then we used a chemical process called electrolysis to separate itinto
its component elements. Water can be broken down by chemical means into hydro-
gen and oxygen, as shown in Figure 1.2, so water is not an element. The hydrogen
and oxygen, however, are clements. We cannot break them down into any simpler
substances using heat, light, electricity, or any chemical process. We can convert
them into more complex substances, but not into simpler ones.

Elements are the building blocks of all matter. Of the 111 elements that have
been given names, 83 can be found in natural substances and in sufficient quantity
to isolate. The many examples of matter that we use, see, and read about are all
built up of different elements in different combinations. The elements that are not
isolated from natural sources on Earth have been synthesized by scientists. Some
are so unstable that they have only a fleeting existence, including those that have not
yet been formally named. To classify elements, chemists use a periodic table, like
that shown in Figure 1.3. The elements in each column, called groups or families of ~ FIGURE 1.2 When electric current is
elements in the periodic table, share similar characteristics, or properties. passed through water, the water

Elements are generally classified into two main categories: metals and nonmet- decomposes into the elements
als. Generally, a metal can be distinguished from a nonmetal by its luster (shini-  hydrogen and oxygen. The hydrogen
ness) and ability to conduct electricity (electrical conductivity). Copper, aluminum, (left) and oxygen (right) can be seen
iron, and other metals are good conductors of electricity. Nonmetal elements, such bubbling to the tops of the tubes.
as carbon (in the form of diamond), chlorine, and sulfur, normally are not. Note the

MAIN-GROUP =11 Metals (main-group) MAIN-GROUP
ELEMENTS Metals (transition) ELEMENTS
r——’k—ﬁ 1 Metals (inner-transition) — = )
1A Metalloids VIIIA
(1) [ Nonmetals (18)
1 2
1| H A viia | He
1.008 | (2) (17) | 4.003
9 10
2 F Ne
19.00 | 20.18
(——— TRANSITION ELEMENTS 17 | 18
3 B | IVB | VB | VIB | VIIB |[——VIIB B Cl | Ar
dl@lele |l ol ®d © @ofday|d 35.45 | 39.95
- 26 32 | 34 | 35 | 36
£ |4 ! -kl Se | Br | Kr
A 4.92 | 78.96 | 79.90 | 83.80
52 | 53 | 4
5 I Xe
| 1269 | 13L.3
85 | 86
6 At Rn
(210) | (222)
7

4 ’ INNER-TRANSITION ELEMENTS 7 7 7= === __ _
58 | 59 | 60 | 61 | 62 | 63 | 64 | 65 | 66 | 67 68 | @ | 10 [ 71
6| Lanthanides | Ce | Pr | Nd | Pm | Sm | Eu | Gd | Tb | Dy | Ho | Er Tm | Yb | Lu
140.1 | 140.9 | 1442 | (145) | 1504 | 1520 | 157.3 | 1589 | 162.5 | 1649 | 167.3| 168.9 | 1730 | 1750
9 | 91 | 92 | 95 | 9 | 95 | 9% [ 97 | 98 | 9 | 100 | 10 102 | 103
7| Actinides | Th | Pa | U | Np | Pu | Am | Cm | Bk Cf | Es | Fm | Md | No | Lr
2320 | @31) | 2380 | 237) | @42) | @43) | @41 [ @a7) | @5D) | (252) | (257) | @58) | (259) | (260)

FIGURE 1.3 The periodic table organizes the known elements according to their properties. The letters are symbols for the names
of the elements.

11



6 Chapter 1 Matter and Energy

Gold

FIGURE 1.4 Some elements. Which
of these are metals?

Bromine

Aluminum

difference in appearance of the metals and nonmetals shown in Figure 1.4. Not all
elements fit neatly into such categories. In Chapter 2 we’ll discuss elements that
have properties somewhere between metals and nonmetals.

Aluminum

Sulfur

Solution:

Notice that three of the elements—iron, aluminum, and magnesium—have a
luster; that is, they shine. They are metals. If you could handle and test the sub-
stances, you could use other properties, such as electrical conductivity, to distin-
guish between metals and nonmetals.

Practice Problem 1.1
Identify the nonmetals in Figure 1.4. Explain the characteristics you considered
in making your decision.

Further Practice: Questions 1.29 and 1.30 at the end of the chapter

12



1.1 Matter and Its Classification

TABLE 1.1 | symbols of Selected Elements

English Original English Original

Symbol Name Name Symbol
copper cuprum Cu potassium kalium K
gold aurum Au silver argentum Ag
iron ferrum Fe sodium natrium Na
lead plumbum Pb tin stannum Sn
mercury hydrargyrum Hg tungsten wolfram w

To avoid having to write out the name of an element every time we refer to it, we
s 1and version of an element’s
1
r lithium). The first letter i
letter, if present, is lowercase. When the names of two
two first letters (magnesium and manganese, for example), the symbol uses the first
agnesium, Mn for manganese).
their Latin N names
Some rece ized ele-
r famous scientists. Others have not been given perma-
st of the modern names and symbols on the inside front

others.

cover of this book.

Potassium is a soft, silver-colored metal that reacts vigorously with water. Write
the symbol for the element potassium.

Solution:
The symbol for potassium is K. In the periodic table, potassium is element 19 in
group (column) IA (1) of the periodic table.

Practice Problem 1.2

(a) Lead is a soft, dull, silver-colored metal. Write the symbol for the element
lead.

(b) The symbol for a common element used to make jewelry is Ag. What is the Iron pyrite
name of this element?

Further Practice: Questions 1.37 and 1.38 at the end of the chapter
Sulfur

calle
comb
of its
n into its component elen
nna and Bill saw many com-

other elements. not magnetic.

13



8 Chapter 1 Matter and Energy

rmulas based on the symbols for the ele-

n Chapter 3.
eaves a mark similar to § pe -
by dragging a rod of lead the -
along a surface, so it was called or S
lead. A hardness number indicates mpon substances. Th
the relative amounts of graphite and such ng, dissolving,
a er2
is umber
il has

more graphite?

To collect salt, water is diverted
nds. The water evaporates, leaving
solid salt behind.

14



1.1 Matter and Its Classification

proportions.
A mixture that is not uniform throughout—a mixture of salt and pepper, for

How can you tell?
We have considered a number of classes and subclasses of matter: mixtures,

it is a compound. If it cannot, it is an element.

Matter
Can it be physically
separated?
Pure substance Mixture
Can it be decomposed Is it homogeneous?
chemically?
No Yes
Element Compound Heterogeneous Solution
mixture
Does it conduct
electricity?
No
Nonmetal Metal or Graphite

FIGURE 1.7 We can classify matter by answering the short series of questions in this flowchart.

15

Not all solutions are liquids. For
example, consider air that has been
filtered to remove suspended solid
particles. Filtered air is a gaseous
solution containing a mixture of
primarily oxygen and nitrogen gases,
along with several other gases in
lesser quantities. Solid solutions
also exist and are called alloys. For
example, the 14-carat gold used in
rings is a solution of gold, silver,
and copper.
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Although chemists generally use
color coding to distinguish between
atoms of different elements in rep-
resentations, the atoms themselves
do not have colors. Macroscopic
samples of matter may have color,
but these colors do not usually
match those used to represent
atoms. In accurate representations,
the sizes of the spheres change to
reflect the relative differences in the

sizes of atoms of different elements.

EXAMPLE 1.3

Solution:
The copper on the outside of the coin and the helium inside the balloons are pure
substances. (However, the helium and balloons considered together provide an
example of a mixture.)

Practice Problem 1.3
‘Which of the pictures represent mixtures? Which are heterogeneous? Which are
homogeneous?

Further Practice: Questions 1.43 and 1.44 at the end of the chapter

Representations of Matter

Chemists and other scientists view the world on several different levels. So far we
have considered matter on a macroscopic scale. That is, we’ve discussed matter and
phenomena we can see with our eyes. But simple observation is limited. Sometimes
we cannot classify things merely by looking at them as Anna and Bill did. What do
we do then? Chemists try to make sense of the structure of matter and its behavior
on a scale that is much, much smaller than what we can see with our eyes.
Consider the copper pipe at the construction site, for example. If we could
enlarge the tiniest unit that makes up the pipe, what would we see? Experimental
evidence tells us copper is made up of discrete, spherical entities that all appear
to be identical (Figure 1.8). Chemists identify these entities as atoms. An atom is
the smallest unit of an element that has the chemical properties of that element.
For example, we can imagine the helium inside a balloon as many, many atoms of
helium, which we represent symbolically as He. In Figure 1.9, each sphere repre-
sents a single helium atom. Similarly, if we could magnify the structure of water,
we would find two small hydrogen atoms bound separately to a single larger oxygen

16



1.1 Matter and Its Classification

Copper atom Helium atom

FIGURE 1.8 A copper pipe consists of a FIGURE 1.9 Helium atoms are present inside
regular array of copper atoms. the balloon.

FIGURE 1.10 Molecules containing hydrogen atoms and oxygen atoms make up the water in
the fountain.

atom. Such a combination of elemental units is a molecule. Molecules are made up
of two or more atoms bound together in a discrete arrangement. Several molecules
of water, H,0, are shown in Figure 1.10, where the central red sphere represents an
oxygen atom and the two smaller, white spheres stand for hydrogen atoms. (Some
compounds do not exist as molecules. We will discuss them in Chapter 3.)

In addition to molecules of compounds, molecules can also be formed by the
combination of atoms of only one element. For example, as shown in Figure 1.11,
the oxygen we breathe consists of molecules of two oxygen atoms joined together.
We represent oxygen molecules symbolically as 0,.

Chemists use many different ways to represent matter. Some are shown in
Figure 1.12. Element symbols with subscripts represent a ratio of elements in a
compound. One example is Figure 1.12B. To describe how the atoms are attached
to one another, chemists often use lines and element symbols as shown in Figure
1.12C. In Figure 1.12D spheres represent the atoms, and sticks show how they are
connected. Figure 1.12E represents how the atoms fit together and their relative
sizes. Macroscopic, molecular-level, and symbolic representations like these all
have their advantages, and sometimes one is more convenient than another. You’ll
use them all as you progress through this course.
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FIGURE 1.11 Oxygen molecules are
made up of two interconnected
oxygen atoms and are represented
symbolically as O,.

FIGURE 1.12 Different ways of
representing water: (A) macroscopic,
(B and C) symbolic, and (D and E)
molecular.
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@ ANIMATION: Three States of Matter

FIGURE 1.13 Dry ice is the solid

state of carbon dioxide. It converts
from a gas to a solid at a very low

temperature.

Some solids, called amorphous
solids, do not have the high order
that most crystalline solids have.

(b) If image A represents nitrogen, write its formula.

Solution:

(a) There are two mixtures represented in the images. Since the spheres (repre-
senting atoms) in image C have different colors and sizes, we can conclude
that image C is a mixture of two elements. Image D is also a mixture, but it
is a mixture of an element and a compound.

(b) The formula of the substance represented in image A is Ny. Note that two
atoms are connected in the molecule.

Practice Problem 1.4

(a) Which of the images represents an element that exists as a molecule?
(b) If image E represents a compound of oxygen (red) and sulfur (yellow), what
is its formula? (Write the symbol for sulfur first.)

Further Practice: Questions 1.49 and 1.50 at the end of the chapter

States of Matter

Earlier we considered the classification of matter based on composition. Let’s look
at a different way to classify matter: by its physical state. A physical state is a form
that matter can take. The three most familiar to us are solid, liquid, and gas. Some
substances, including some of those Anna and Bill observed, can be found in all three
states under more or less ordinary conditions. Water, for example, can be a solid (ice),
a liquid (flowing water), or a gas (water vapor) at environmental temperatures.

Other substances require extreme conditions to change from one state to another.
For example, while carbon dioxide is a gas under normal conditions, it becomes a
solid, called dry ice, at very low temperatures (Figure 1.13).

How do we know if a substance is in the solid, liquid, or gaseous state? Each
state has characteristics that we can observe with our eyes and characteristics that
are detectable or measurable at the molecular level. These characteristics are sum-
marized in Table 1.2.

A solid has a fixed shape that is not related to the shape of the container holding
it. When you place an iron pipe in a box, the pipe does not change shape. Some
solids can be made to change shape if enough force is applied. However, if you try
to squeeze a solid to make it smaller, you'll fail. A solid cannot be compressed
because its particles are arranged in a tightly packed, highly ordered structure that
does not include much free space into which they might be squeezed. Note the
closely packed particles in the solid state of iron shown in Figure 1.14.

18



1.1 Matter and Its Classification

TABLE 1.2 | Characteristics of the Physical States of Matter

e

Solid Liquid Gas
fixed shape shape of container (may or shape of container (fills it)
may not fill it)
its own volume its own volume volume of container
no volume change under slight volume change under  large volume change
pressure pressure under pressure
particles are fixed in place in  particles are randomly particles are widely
a regular (crystalline) array arranged and free to move separated and move
about until they bump into independently of one
one another another

Solid iron

A liquid is different from a solid in that it has no fixed shape. It takes the shape
of the filled portion of its container, and it can be poured. Although they touch, the
particles in a liquid are not arranged in ordered structures like those in a solid; they
are free to move past one another. A liquid can be compressed slightly because its
particles have a little free space between them. Note the differences between the
liquid and solid states of iron shown in Figure 1.14.

A gas has no fixed shape; it adopts the shape of its container, expanding to fill
the available space completely. A gas is easily compressed. When squeezed, gases
can undergo large changes in volume. The particles of a gas are widely separated
with much empty space between them. When a gas is compressed, the amount of
space between the particles is reduced. This happens when pressure is applied,
such as when a bicycle tire is filled with air, as shown in Figure 1.15. Another
characteristic of gases is that they move through space quickly. When Bill and Anna
smelled the pizza they had for lunch, they were detecting particles that migrated as
gases from the source of the food to their noses. When gases cool sufficiently, they
become liquids or even solids. This occurs, for example, when water vapor in the air
liquefies on the surface of a cold glass. Note the differences between the liquid and
gaseous states of water shown in Figure 1.16.

19
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FIGURE 1.14 The liquid and solid states
of iron.
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Low pressure

Normal air

High pressure Condensed water
Compressed air on glass
FIGURE 1.15 At the same temperature, a gas under high pressure has FIGURE 1.16 Water condenses from a gas to a liquid on a cold
particles closer together than at low pressure. Notice that the composition surface. Air molecules (e.g., oxygen and nitrogen) are not
(1 O,:4 N,) does not change with an increase in pressure. shown.

It is often convenient to show the physical state of a substance when representing
it symbolically. For example, solid, liquid, and gaseous water can be represented as
H,0(s), H,O(!), and H,O(g), respectively. The symbol (ag) represents an aqueous
solution, a solution in which a substance is dissolved in water. A salt and water
solution, for instance, can be written as NaCl(ag). These symbols for physical state
are listed in Table 1.3.

TABLE 1.3 | Symbols for Physical State

Physical State Symbeol Example (bromine)
solid ) Bry(s)

liquid 1)) Br,())

gas & Bry(g)
aqueous (dissolved in water) (aq) Bry(aq)

1.2 | PHYSICAL AND CHEMICAL CHANGES

AND PROPERTIES OF MATTER

Bill and Anna observed some of the properties of matter, including changes in
matter. Their observations could be either gualitative, based on some quality of the
matler; or quantirative, based on a numerical value. When making qualitative obser-
vations, they described color, shape, texture, shininess, and physical state. Quantita-
tive observations are different. They are numbers or measurements, and they must
be carefully made and carefully reported.
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1.2 Physical and Chemical Changes and Properties of Matter

Since quantitative data used to describe matter can involve both very large

and very small numbers, it is often useful to express such numbers in scientific or

ial notation. Math Toolbox 1.1 (located at the end of this chapter) provides

of this notation. In addition, it is necessary to express numbers in such a

way as to indicate how accurately the value is known and how precisely it has been

measured. The use of significant figures to properly express numerical values is
presented in Math Toolbox 1.2

Physical Properties

When reporting qualitative data, we can classify p s as either physical or
chemical. When Bill and Anna observed the color, texture, shininess, and
t s at which a substance from state to another. Let’s
t look at mass, volume, , and These four properties

are quantitative; they involve numerical values.

Mass Recall that mass is a measure of the quantity of matter. We usually
measure the mass of an object by weighing it on a balance. In chemistry, masses

rize common ships between metric and units. Example
how to conve en mass units. (See Math 1.3 for more in
on unit conversions.)

Mass: 50 mg, 0.05 g, or S x 10° kg Mass: 7% 10" mg, 7 x 10* g, or 70 kg

FIGURE 1.17 A salt crystal has a mass of about 50 mg, while a person has a mass of about 70 kg.
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TABLE 1.4 | Metric

Conversions
Prefix Factor
giga 10°
mega 10
kilo 10°
deci 107!
centi 1072
milli 107
micro 107
nano 107
pico 102

15

Symbol

G

o a = X

w = = B

TABLE 1 5 | Some
English-Metric Conversions

English Unit
1lb=160z

lin
lyd

1 mi

1 fluid oz

1qt

1 gal
1f6

4536 ¢

2.54 cm
(exactly)

0.9144 m
1.609 km
29.57 mL
0.9464 L

3.785L
28.32L

Metric Unit
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EXAMPLE 1.5 ass

Anna and Bill notice that there are 50.0 mg of sodium in the soda they bought to
go with their lunch. How many grams of sodium are present in the can of soda?
How many pounds?

Solution:

One way to solve this problem uses the dimensional-analysis approach. Consult
Math Toolbox 1.3 for details. The general approach to solving the first part of the
problem can be summarized by the following diagram:

=——n |
Mass i ?
| £ass 1 e emep-|  Mass in grams
l milligrams
S,

S

The mass in milligrams has to be converted to the mass in grams. We need to find a
relationship between these two quantities: 10 g=1mgor 1 g=1000 mg (obtained
from Table 1.4). Using this relationship, we get the following conversion:

_i Mass in | 1000mg=1g
| - —l-| Mass in grams
l milligrams

We use the equivalence to set up possible conversion ratios:
lg 1000 mg
— -5 4 A Te
1000 mg lg

To convert milligrams to grams, we can multiply 50.0 mg by the ratio (conversion
factor) that will allow like units to cancel:

. _ lg _
Mass in mg= 50.0 mg X T - 0.0500 g
Note that the milligram units cancel to leave the appropriate unit of grams. Also
notice that the answer is reported to three significant figures because the mea-
sured quantity (50.0 mg) is reported to three significant figures and the other
numbers in the calculation (1 g and 1000 mg) are exact quantities. (Consult Math
Toolbox 1.2 for details about significant figures.) For convenience, we could
report the answer in scientific notation: 5.00 x 1072 (See Math Toolbox 1.1 for a
discussion of scientific notation.)
The second part of the question asks you to convert milligrams to pounds:

?
Mass in ’ ) Weight in
milligrams - pounds

There isn’t a direct relationship between milligrams and pounds listed in
Tables 1.4 and 1.5. However, Table 1.5 lists a relationship between pounds and
grams: 1 b = 453.6 g. We can convert the grams we found in the first part of this
example to pounds using the relationship summarized in the following diagram:

453.6g=11b | L
A Weight in
Mass in grams pounds

The ratios for converting between grams and pounds are

11b | 4s36g
4536g " 11b

22
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I] To convert grams to pounds, we can multiply 0.0500 g by the ratio (conversion
factor) that will allow like units to cancel:

11b

45368

Does this answer make sense? Yes, it does. There are a lot of grams (453.6)
in a pound, so we would expect the answer to be very small. Would the answer

22.7 b make sense? No.
Without a single conversion from milligrams to pounds, the problem we just
solved involves multiple steps:

— ~ f ~
Mass in 1000mg =18 = 4536g=11b Weight in
- = .=~ ass in grams -#
milligrams pounds
——e

The sequence of steps can be summarized as:

Weight in pounds = 0.0500 g% =1.10x 10" Ib

1g” x ol =1.10x10"1b
1000 mg  453.6 g7

Weight in pounds = 50.0 mg X

Practice Problem 1.5

Anna and Bill see an aluminum recycling truck pass by on their way to class. If
there are 765 1b of aluminum in the truck how many grams are there? How many
kilograms?

Further Practice: Questions 1.65 and 1.66 at the end of the chapter
#

Volume Volume is the amount of space a substance occupies. We can determine
the volume of a cube by measuring its length, width, and height and then multiply-
ing them. For example, the volume of a cube that is 2.0 centimeters (cm) on each
side is 8.0 cubic centimeters (cm’):

Volume of a cube = length x width x height
Volume = 2.0 cm X 2.0 cm % 2.0 cm = 8.0 cm®

The volumes of liquids are usually measured in units of liters (L) or milliliters
(mL), as shown in Figure 1.18. One cubic centimeter is equal to 1 mL, so the
volume of 8.0 cm® could also be reported as 8.0 mL. Larger volumes, such as
big bottles of soda, are usually reported in liters. A 1-L bottle of soda contains
1000 mL. Example 1.6 shows how to convert between volume units.

23

If you need to determine the volume
of a sphere, the relationship between

volume and radius is V= % .

FIGURE 1.18 Some 250-mL, 500-mL,
and 1-L containers.
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EXAMPLE 1.6

For lunch, Anna and Bill had 12-ounce (oz) cans of soda. What is the volume of a
12.0-0z can of soda in units of milliliters? What is its volume in units of liters?

Solution:
To solve this problem using the dimensional-analysis approach (see Math Toolbox
1.3), we determine if there is a relationship between fluid ounces and milliliters:

9
Volume in o : > Volume in
ounces milliliters

To convert fluid ounces to milliliters we use the following relationship from
Table 1.5: 1 oz =29.57 mL.

Volume in ﬁ| l_oz e ) Volume in
ounces | ' milliliters
e ?

We use the equivalence to set up possible conversion ratios:
29.57 mL 1oz

d e
Toz at 5957mL

To convert ounces to milliliters, we can multiply 12.0 oz by the ratio (conversion
factor) that will allow like units to cancel:
Volume in milliliters = 12.0 07 x 39‘]5;;“

The answer is reported to three significant figures, because the quantity we’re given
(12.0 0z) has three significant figures. Consult Math Toolbox 1.2 for details.
The second part of this problem asks you to convert milliliters to liters:

a2
Volume in __ - 3 Volume in
milliliters ' liters

To convert volume in milliliters to volume in liters, we use the following relation-
ship from Table 1.4: 1 mL = 10L or 1000 mL = 1 L.

Volume in 1000mL =1L 5| Volumein
milliliters = liters

This is a unit conversion similar to the conversion we just did for mass. The ratios
for converting between milliliters and liters are

1L 1000 mL
and
1000 mL 1L

To convert from milliliters to liters, we can multiply 355 mL by the conversion
factor that allows like units to cancel:

=355 mL

1L
1000 mE

Without a single conversion from ounces to liters, the problem we just solved
involves multiple steps:

Volume in L = 355 mk X =0.355L

24
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Volume in l02=29.57 mL Volume in 1000mL =1L Volume in

ounces milliliters liters

The sequence of steps can be summarized as:
29.57 mk y 1L
1oz 1000 mE

Volume in liters = 12.0 07X =0355L

Practice Problem 1.6

Anna and Bill saw some balloons outside the bookstore. The volume of gas inside
one of the helium balloons was 4.60 L. What is the volume of gas in units of mil-
liliters? In units of cubic centimeters? In units of gallons (4 qt =1 gal)?

Further Practice: Questions 1.69 and 1.70 at the end of the chapter

of an object is the ratio of its mass to its While

v epend on the size of the object or sample, d es not.
Density is perty of a subst tter how much of i
as long as pressure are co densities of a few

are listed in Table 1.6.

As Anna and Bill noted when they observed the fountain, a copper coin sinks in
water. It sinks copper (and the other metals in a penny) have a greater density
than water. C y, air bubbles, just like other gases, rise to the top of water

. mass
Density = ——
volume

determine its density by substituting directly into the density equation.

TABLE 1.6 | Densities of Some Common Substances

Substance Physical State Density (g/mL)*
helium gas 0.000178
oxygen gas 0.00143
cooking oil liquid 0.92

water liquid 1.00

mercury liquid 13.6

gold solid 19.3

copper solid 8.92

ZInc solid 7.14

1ce solid 0.92

*Al room temperature and at normal atmospheric pressure, except gases at 0 degrees Celsius (°C) and water at 4°C.

25
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FIGURE 1.19 The densities of
antifreeze, corn oil, dish detergent,
maple syrup, shampoo, and water in
g/mL are 1.13,0.93, 1.03, 1.32, 1.01,
and 1.00, respectively, Which layer is
which substance?

Au Al

FIGURE 1.20 Gold (Au) has a
greater density than aluminum (Al)
because gold has a greater mass per
unit volume.

89¢g g 240 g
1.0cm® 8.0cm’ 27.0 cm®
FIGURE 1.21 The density of copper
is 8.9 g/cm®. All three samples have
the same ratio of mass to volume.
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R ANIMATION: Density of Liquids and
Solids

These samples of metals have the
same mass. Which has the greater
density?

MATH
TOOLBOX
é 1.3

A can of diet cola floats in water,
but a can of regular cola sinks.
Suggest a reason why. How can
you use this information to quickly
select your preferred type of soft
drink from a cooler filled with ice
water at a party?

Additionally, if we know the density of a substance and its mass in our sample,
we can determine its volume, For example, suppose we want to know the volume
occupied by 100 g of copper. Should the volume be greater than or less than 100
cm? There are many approaches to this problem. One way is to rearrange the
density equation to solve for volume. Another way is to solve for the unknown
volume in a set of equivalent ratios because density is a ratio of mass and volume
that is constant for a given substance at a particular temperature. Both of these
methods are shown in Example 1.7.

EXAMPLE 1.7 y, Volume, and Mass

What is the volume of 100.0 g of copper? The density of copper is 8.9 g/cm’.
Solution:

We need to carry out the following conversion:

9
. n ) Volume in
Mass in grams _-;ﬂ:ﬂ

milliliters

The relationship between mass and volume is given by density:

mass
volume

— N
Volume in
milliliters

Density =

Mass in grams

First, we rearrange the density equation to get volume on one side by itself. This
manipulation involves cross multiplication, which is described in Math Toolbox 1.3
(Ratio Approach). In the expression for density there is an implied 1:

. mass
Density =

volume

Density _ _mass

1 volume

Cross multiplying this density expression, we get:
Density X volume = mass X 1

Since we are trying to find the volume, we want to isolate it on one side of the
equation. We can do this by dividing both sides by the density. (We’ll also drop
the “x 1” because any quantity times 1 is that quantity.)

Densify X volume _ mass
Dessity density

Now we have an expression that solves for the volume:

mass

Volume = ———
density

Then, we substitute the known values of mass and density into the equation and
solve for the value of volume:

1000 g
9 g/em’

Volume = =11 cm®

26
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In a second approach to this problem, consider that since the density of cop-
per is always the same, the ratio of mass to volume is the same for both what we
know and what we don’t:

89g 1000g
PREECES S

1 cm X cm
Cross multiply to solve for x:
5 (1em®)x(100.0 g)
- 89 &

In both approaches, the gram units cancel to give the expected volume unit of cm’.
There is yet another approach to solving this problem that involves using
density*as a conversion factor:

11 em?

X cm

3
Volume = 100.0,g' X —% — — 11 om?

| 8.9¢
Does the answer make sense? Yes. The density tells us that 8.9 g of copper occupy
a volume of 1 cm®. The mass given, 100.0 g, is over 10 times greater than 8.9 so
| we would expect it to occupy a volume that is over 10 times greater than 1 cm’,

| Practice Problem 1.7
| Solve the following problems.

(a) The density of pure gold is 19.3 g/cm’. What is the volume of 1.00 g of pure
gold?

(b) 14-Carat gold is a homogeneous mixture of metals containing 58% gold
by mass. The other 42% is a mixture of silver and copper. Silver and copper
are both less dense than gold. Which of the following could be the mass of
1.00 cm® of 14-carat gold: 16.0 g, 19.3 g, or 23.0 g?

Further Practice: Questions 1.75 and 1.76 at the end of the chapter
—_———— e — e ———————————a—————————— oo ——m

Why do substances have different densities? Gases, in general, have very low
densities because gas particles spread out and occupy large volumes. Metals tend to
have high densities because their atoms pack together efficiently. Because ice floats
on water, we can infer that water in its solid form must have a lesser density than
water in its liquid form. Example 1.8 shows how to use molecular pictures to predict
relative densities.

" EXAMPLE 1.8

How do the molecular diagrams of ice and water help explain why ice is less
dense than water?

Ice Liquid water

27

Water is unique among liquids
because its solid form (ice) floats on
its liquid form. This results from the
relatively open structure adopted by
water molecules in the solid state.
What would happen to fish during
the winter if ice were like other
solids that sink in their liquid form?

@ ANIMATION: Unigue Properties of
Water
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FIGURE 1.22 The Fahrenheit, Celsius,

and kelvin temperature scales.

Solution:

In ice, the H,O molecules have more space between them than in liquid water.
The total volume oc * by a given number of molecules i in ice.
Because density is a mass to volume, the larger volume for the
lower density.

Practice Problem 1.8

which
dense
ide. Pr
an atmosphere of carbon dioxide.

Helium Carbon dioxide

Further Practice: Questions 1.79 and 1.80 at the end of the chapter

Temperature Bill and Anna weren’t happy with their lunches. The pizza was
we make sons, we are observ-
e is amea ot or cold something

We measure temperature with a thermometer.

are shown in 22.
Another of th
wh ch
nti at
ous ch m a solid to
a liquid. these is in its liquid
state. Fo ,onth i int of water is 100°C. Water

Liquid water boils/ == 212T 100°C 3NISK
water vapor condenses
77°F 25°C 298.15K
Room temperature — —
Ice melts/ —— 2T 0°C 273.15K
liquid water freezes
Fahrenheit Celsius Kelvin
Lowest possible temperature: ~ —460°F —273.15°C 0K
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1.2 Physical and Chemical Changes and Properties of Matter

melts (or freezes, depending on its original state) at 0°C. On the kelvin scale, these
values are 373.15 K and 273.15 K, respectively. On the Fahrenheit scale, they are
212°F and 32°F, respectively.

There are no negative values on the kelvin scale. It is an absolute temperature
scale because its zero point is the lowest possible temperature observable in the uni-
verse. This value is absolute zero, which is equivalent to —273.15°C. The tempera-
ture increments on the kelvin scale are the same as those on the Celsius scale. The
difference in te tween the boiling point of water and the freezing point
of water is 100 elsius (100°C — 0°C) and kelvin (373.15 K-273.15 K)
scales, while the difference is 180 on the Fahrenheit scale (212°F — 32°F). Because
the temperature in kelvins is always 273.15 greater than the temperature in degrees
Celsius, we can easily convert between them:

Ty = Toc +273.15

When converting between the Fahrenheit and Celsius scales, the calculation is more
complicated, because the degree increments are not equal:

Top=1.8(Tc) + 32
The equation can be rearranged, solving for degrees Celsius:
Top—32
©T 18

The melting point of copper is 1083°C. Above what temperature, in kelvins and
degrees Fahrenheit, is copper a liquid?

Solution:

Copper becomes a liquid above its melting point. In units of kelvin this tempera-
ture 18

Tg =Toc +273.15

We substitute the value of the Celsius temperature into the expression and solve
for the temperature in kelvins:

Ty = 1083 +273.15=1356 K
To convert degrees Celsius to degrees Fahrenheit we use the equation:
Top=1.8(T+c) + 32
Substituting the temperature in degrees Celsius we get:

Tor = 1.8(1083) + 32 = 1981°F

Practice Problem 1.9

(2) The boiling point of acetylene is —28.1°C. Below what temperature, in kel-
vins and degrees Fahrenheit, is acetylene a liquid?

(b) The boiling point of helium is 4 K. Below what temperature, in degrees Cel-
sius, is helium a liquid?

(c) Human body temperature is normally 98.6°F. What is this temperature on the
Celsius and kelvin scales?

Further Practice: Questions 1.83 and 1.84 at the end of the chapter
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Physical Changes

A process that changes the physical properties of a substance without changing its
chemical composition is a physical change. For example, we can change liquid
water to water vapor by heating it. This change from a liquid to a gas, called boiling
or vaporization, is a physical change, since both forms involve the same chemical
substance, water (H,0).

To represent such changes, we can refine the symbolic representations we
developed for elements and for compounds. We write the chemical formula for the
initial condition and composition of the matter we are considering, then an arrow,
and finally the chemical formula for the final condition and composition. The arrow
is used to show that a change has occurred and in which direction. Using this sym-
bolism, the change of water from a liquid to a gas would be represented as

H,0() — H,0(g)

The molecular and symbolic representations in Figure 1.23 show that the water mol-
ecules do not themselves change, but their physical state does. All the processes that
change water from one physical state into another are summarized in Figure 1.24.

Another example of a physical change is the separation of different substances
in a mixture. For example, a magnet divides magnetic materials from nonmagnetic
materials without changing their identities. A filter separates solid materials from
liquid substances without changing cither one chemically.

HOon —> HO®

FIGURE 1.23 Molecular-level and symbolic representations of the evaporation of water.

® ¢

Gas
Sublimation Condensation
Deposition

Melting

Freezing

Solid Liquid

FIGURE 1.24 The physical states of solid, liquid, and gas can all change into one another either
directly or by going through two changes of state. The names of these processes are shown here
next to arrows that designate the direction of the change.
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1.2 Physical and Chemical Changes and Properties of Matter

chemical Changes

When pennies tarnish, some of the copper and zinc m in them combine
with oxygen, forming compounds called metal oxides. ounds are chemi-
call t from either of the elements that formed them.

we clean a tarnished penny. Is the process a physical or a chemical

The vinegar in the ketchup reacts chemically with the metal oxides, freeing them
from the surface of the penny. When the penny is rinsed, the result of the chemical
change is easy to see.

Anna and Bill observed other examples of chemical change during their
campus walk. When gaso ed cars emical change occurs.
The gasoline reacts with form ¢ and water vapor. This
chemical change releases the energy that runs the car. Chemical changes that
involve burning are often accompanied by the release of energy. Anna and Bill
also observed vehicles that run on alternative fuels. In hydrogen-powered vehicles,
the hydrogen fuel combines with oxygen to form water vapor—and to release a
lot of energy. The molecular-level and symbolic representations for this chemical
change are shown in Figure 1.25. A chemical change is often called a chemical
reaction. What are some examples of chemical reactions that you can observe
around you?

\, A

Cchemical Properties ~

The ¢ zinc in a penny, the gasoline in a car, and the hydrogen in an
altern vehicle all share a common chemical property: They react with
oxygen. However, they differ in how they react and what products they form.
Only the latter two release sufficient energy rapidly enough to make their use as
fuels possible.

A chemical property of a substance is defined by what it is composed of and
what chemical changes it can undergo. For example, let’s compare hydrogen and
helium. Although they have similar physical properties (colorless gases, similar
densities), their chemical properties are very different. While hydrogen reacts
with many other elements and compounds, helium is considered inert (Figure
1.26). It has not yet been shown to react with any other element or compound.

2Hy(g)+ Oxe) —> 2H;0()

FIGURE 1.25 A chemical change occurs when the atoms in H, and O, rearrange to form H,O.
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FIGURE 1.26 The Hindenburg was a giant, rigid balloon filled with hydrogen gas. In 1937, it
was destroyed when its hydrogen caught fire. Today, blimps are filled with helium, an inert gas
that will not explode.

VIR R Physical and Chemical Changes

Which of the following are physical changes and which are chemical changes?

(a) evaporation

(b) burning methane gas to form carbon dioxide and water
(c) using a magnet to separate metal and plastic paperclips
(d) rusting (the conversion of iron to iron oxide)

Solution:

(a) Evaporation is a physical change because it involves only a change of state.
(b) Burning methane gas is a chemical change because new substances form.
(c) Separating components of a mixture is a physical change.

(d) Rusting is a chemical change because a new substance forms.

Practice Problem 1.10

Which of the following are physical properties and which are chemical
properties?

(a) boiling point of ethanol

(b) ability of propane to burn

(c) tendency for silver to tarnish

(d) density of aluminum

Further Practice: Questions 1.89 and 1.90 at the end of the chapter

Sometimes simple observation cannot tell us whether a change is chemical or
physical. For example, bubbles appear when baking soda and vinegar mix, Bubbles
also appear when water boils, but the change that produces the bubbles is different
in these two cases. Baking soda and vinegar release bubbles because a chemical
change takes place. They react to form carbon dioxide gas. However, when we warm
water in a pan on the stove, small bubbles rise due to the release of dissolved air
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Air dissolved Pure water

it A in water

1as
FIGURE 1.27 Water contains small amounts of dissolved nitrogen and oxygen gases. (A) When heated, these molecules go to the gaseous

state in bubbles that rise to the surface. (B) When the water begins to boil, it no longer contains dissolved gases, and the bubbles contain
gaseous water.

(mostly oxygen and nitrogen gas) from the water (before the water starts to boil).
2c® . ; . j Water molecules surround solute
s This process is only a physical change. If we could look at the nitrogen and oxygen particles in aqueous solutions. For
molecules., as shovyn in Figure 1.27A, we would see that they_are the same whether clarity in seeing the particles, this
they are dissolved in water or not. When these molecules are dissolved in water, they 50k shows water molecules faded
form a homogeneous mixture with it. Heating the water merely separates the oxygen in the background as in Figure
and nitrogen molecules from the water molecules. If we continue to heat the water ~ 1.27A.
to boiling, larger bubbles form and then rise from the bottom, as shown in Figure
1.27B. These bubbles are gaseous water, or water vapor. The result of the physical
change can be represented symbolically as

tate.
s H,0()) — H,0(g)
sical and Chemical Changes
nical Do the following molecular-level images represent a chemical change or a physi-
cal change?
==
wal or Before After
bbles .
erent Solution:
Tical The substances after the change have a different composition than the substances
yarm before the change. Therefore, this is a chemical change.
:d air
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FIGURE 1.28 In the reaction shown
here, a balloon was filled with
appropriate amounts of hydrogen
and oxygen gas. When a lit candle
touched the balloon, the hydrogen
and oxygen reacted explosively to
form water vapor.

Practice Problem 1.11
Do the following molecular-level images represent a chemical change or a
physical change?

Before After

Further Practice: Questions 1.93 and 1.94 at the end of the chapter

1 3 | E ERGY AND ENERGY CHA GES

Phy changes involve energy. Energy is hard but we
see f it when something moves or changes te . At the
construction site, Anna and Bill saw a worker pushing a wheelbarrow up a ramp. If
released at the top of the ramp, the wheelbarrow would roll back down, converting

ed

is

he

wheelbarrow to the top of the ramp is not spontaneous. It requires a continuous
y
y
O

reaction (Figure 1.28) of hydrogen and oxygen gases to form water vapor:
2H,(g) + O4(8) — ZH0(g)

This reaction is spontaneous and explosive. It releases a tremendous amount of
But the opposite breakdown of water into hydrogen and
gases—is not spo curs only if sufficient energy is continu-

ously added, such as by passing electricity through liquid water. This process,

called electrolysis, was shown in Figure 1.2, and can be described symbolically as
follows:

2H,0() S5, 2H,(g) + O(8)

But what is energy? Energy is the capacity to do work or to transfer heat. Work,

example, boiling water produces steam, which turns the turbines in power plants.
The turbines spin copper coils inside a magnetic field in a generator to produce an
electric current.

Energy takes many different forms, and it can be converted from one form
to another. Scientists describe two types of energy: kinetic energy and potential
energy. Kinetic energy is the energy of motion. The wheelbarrow rolling down a
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1.3 Energy and Energy Changes 29

ramp possesses kinetic energy. Potential energy is energy possessed by an object

because of its position. The wheelbarrow resting at the top of the ramp has potential
“a energy. If it did not contain this stored energy, it could not release energy when it
rolled down the ramp. Any object in a position to be rolled, dropped, or otherwise
allowed to move spontaneously has potential energy that will be converted to kinetic
energy once the motion starts.

To distinguish kinetic from potential energy, consider the volleyball game Anna
and Bill watched while they ate lunch. After they ate, Anna and Bill joined the game.
When Anna served the ball, kinetic energy was transferred from her hand to the vol-
leyball (Figure 1.29). As it ascended, the ball transferred some of its kinetic energy
to the surrounding air molecules, but most of its kinetic energy was converted to
potential energy. Nearly all of the kinetic energy was converted to potential energy
when the ball reached the top of its ascent. As the volleyball descended, its potential
energy was converted to kinetic energy. Most of its kinetic energy was transferred to
the ground when Bill missed the ball. The ball’s remaining kinetic energy allowed it
to bounce back up, where again its kinetic energy was converted to potential energy
during its ascent.

Other forms of energy—chemical, mechanical, electric, and heat energy, for
— example—are really just forms of kinetic or potential energy. For example, chemi-

cal compounds can release chemical energy, the energy associated with a chemical
reaction. Chemical energy is potential energy arising from the positions of the

we atoms and molecules in the compounds. A compound releases its potential energy

the when it undergoes a spontaneous chemical reaction that forms substances with less
p. If potential energy. For example, the explosive material TNT (trinitrotoluene) contains
ting considerable potential energy that is released as kinetic energy when it decomposes.
ated Chemical compounds can also have kinetic energy. Molecules move faster as the
38 18 temperature rises. The motion of molecules or atoms is associated with heat energy,
 the or the kinetic energy that increases with increasing temperature. The fast-moving
;ous gases produced by the explosion of TNT have high kinetic energy.
d by
their
r the Kinetic energy of the ball is almost

all converted to potential energy.

g .‘h;‘rd
at of /' 7/ \
and Kinetic energy is converted ;527 f - Potential energy is converted

tinu- to potential energy as the = to kinetic energy as the
' ball ascends. g ball descends.

Icess, h
lly as /

& £ y
!‘ ' et
Vork, Some of the kinetic energy
-ance. of the ball is transferred to
arrow Kineti ) orred the ground.
. Inetic energy Is transterre; 'h‘
,IS'UOIl from the server’s hand to - i
ctions the volleyball. @ \ §
\ f: =
k. For \ %
g
slants. i
g —
1ce an
: form FIGURE 1.29 Kinetic energy is transferred from the server to the volleyball when it is served.
tential As the volleyball rises in the air, its kinetic energy is converted to potential energy. When it
own a descends, potential energy is converted to kinetic energy.
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We will use the lengths of trails
behind atoms or molecules to depict
their relative speeds.

1 30 Chapter 1 Matter and Energy

EXAMPLE 1.12

lec Motion and Kinetic Energy

Which of these two samples of argon gas has more kinetic energy?

Solution:
The atoms that are moving faster have the greater kinetic energy. Thus, the atoms
in A have the greater kinetic energy.

Practice Problem 1.12
Which of the two samples of argon gas is at a lower temperature?

Further Practice: Questions 1.101 and 1.102 at the end of the chapter

Electric energy is associated with the passage of electricity, generally through
metals. Electric current passed through the filament of a lightbulb causes the metal to
glow red and increases the motion of the atoms. This is a conversion of electric energy
to kinetic energy. A lightbulb also gives off light energy. Nuclear energy involves both
light and heat. Energy is released when one element is converted to another, as in a
nuclear reactor or in the Sun, where hydrogen atoms fuse to form helium.

Solution:
Anything that might move in the picture has potential energy. Kinetic energy is
evident in the moving people and vehicles.

Practice Problem 1.13
Identify three additional forms of energy in the photograph.

Further Practice: Questions 1.105 and 1.106 at the end of the chapter
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1.4 Scientific Inquiry

Common units of energy are
calories, Calories (with a capital
C), and joules. The energy input
you need per day is about 2000
Calories, 2 million calories, or 8
million joules. We will study ways
of measuring energy changes in
Chapter 6.

observe going on around you right now?

1.4 | SCIENT F C NQU RY
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oy a variety of approaches to g w knowledge
or inquiry generally includes ob , hypotheses,
laws, and theories.
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FIGURE 1.30 Copper reacts
vigorously with nitric acid to form
copper nitrate in solution and gaseous
nitrogen dioxide.

FIGURE 1.31 When some pennies
were cleaned with hydrochloric acid,
one began to bubble and eventually
floated.

cleaner after being placed in acetic acid, but the dull coating remains unaffected.
With nitric acid, a reaction occurs. A blue-green liquid and a red gas form. The
tarnish disappears, but so do the pennies (Figure 1.30). Hydrochloric acid appears
to work best because the surface tarnish vanishes quickly, leaving the penny intact.
However, Anna and Bill notice that one of the pennies appears to react with the
hydrochloric acid to form bubbles. After a time, this penny begins to float (Figure
1.31). Upon closer examination of this penny, they notice that bubbles are coming
from scratches on its surface. Their descriptions of the behavior of pennies in acids
are observations made from deliberate and controlled experimentation.

Hypotheses

To organize and correlate multiple observations and sets of collected data, scientists
propose hypotheses. A hypothesis is a tentative explanation for the properties or
behavior of matter that accounts for a set of observations and can be tested. Because
hypotheses are usually starting points in the explanation of natural phenomena,
they normally lead to further experimentation. In practice, hypotheses are intuitive
guesses that may be based on small amounts of data. Often a hypothesis is modified
repeatedly in light of the results of additional experimentation. The building of sci-
entific knowledge involves a cyclic interplay between observations and the making
and testing of hypotheses (Figure 1.32).

Consider the experiments with pennies and acids. Earlier, Bill and Annaobserved
that one of the pennies reacted with hydrochloric acid to form a colorless gas. That
gas formed along scratches on the penny’s surface. Their observation might lead
them to form a hypothesis: Pennies react with hydrochloric acid to form bubbles
of a gas because they have scratches that make the reaction faster. How might they
test this hypothesis? They could scratch several pennies, dropping them into hydro-
chloric acid and checking for gas bubble formation. Suppose they performed this
experiment with 10 pennies (Figure 1.33) and found that 7 of them formed bubbles

Obtain data from

R i r P d t [_
observations or | === ecogn z¢ | 1OPOSE T €St | | Propose theory

” patterns or trends hypotheses
experiments |
SN | N —
1

FIGURE 1.32 Observations and hypotheses are linked in a cyclic fashion during the
development of scientific knowledge.

FIGURE 1.33 Some of the pennies react with hydrochloric acid at the location of the scratches,
while others do not.
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Rerhaps FIGURE 1.34 Pennies are marked
tion of with the year and city where they
doesn’t were minted.
amended s incorrect.
AsB set out to amend their hypothesis again, they realize they must
isolate and assess one variable at a time. If they try to test too many ideas at once,
they’d end up in a muddle of effects with several possible cause it’s clear
that scratches are necessary for bubbling to occur, some other variables
must be involved. As a next step, Anna and Bill reexamine the pennies from their
They i
all the e
mtoa S

1982 or before do not react with hydrochloric acid to form bubbles, while scratched
pennies minted since 1984 do—perhaps because the metal used to make the pennies

was
he
allo ay
rule ns
Assuming they get the results their hypothesis they to cut some
pennies open, perhaps verifying with direct o that of new and

predict the behavior of pennies in hydro-
a complete explanation for the chemical
behavior. They would need to carry the process of scientific inquiry even further.

Laws

When the behavior of matter is so consistent that it appears to have universal valid- )
When nuclear reactions were discov-

ered—such as the fusion reactions
that power our Sun—scientists
realized that processes that release
very large amounts of energy do not
conserve mass. To accommodate this
new information, the law of conser-
vation of mass had to be modified to
become the law of conservation of
mass and energy.

tions led to the formulation of the law of conservation of mass. This law states that

red gas is equal to the masses of our starting materials.

Theories
Earlier we developed a hypothesis about ior of in
acid. In the Laws section we described an of a sc law

and laws only describe how nature works, not why. Theories explain why
tions, hypotheses, or laws apply under many different circumstances. For
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FIGURE 1.35 Zinc, but not copper,
reacts with hydrochloric acid,
producing hydrogen gas.

Scientific Inquiry in Practice
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FIGURE 1.36 Chemists are a diverse
group of people who work in a variety
of environments.

Many different combinations are tried, using techniques involving miniaturization,
robotics, and computer control. The compounds are screened as possible candidates
for drug action. For example, if a drug is needed that binds to a particular enzyme
| to produce a biological effect, then the various compounds would be added to that
1 enzyme to see if they do bind. If so, additional testing would be carried out.
r An alternate approach involves the mixing of many chemicals, producing many
different products in one container. These are then tested, either in the mixture or
t after separation. With current techniques, it is possible for one laboratory to synthe-
1 size and test as many as 100,000 new compounds in a month.
c To avoid generating a lot of chemical waste from the synthesis of compounds
s tested by combinatorial techniques or waste generated at the end of testing, scien-
y tists run these experiments on a microlevel scale. The machine like the one shown in

S Figure 1.37 can dispense as little as 10 to 50 pL in each sample well. An important
e initiative within the chemistry community is to develop chemical processes that
i, prevent pollution and reduce the amount of natural resources used to manufacture
various consumer, research, and industrial products. Green chemistry and sustain- FIGURE 1.37 Many chemicals can

ability are terms often given to describe these efforts. be tested at once using equipment
One of the primary principles of green chemistry is to prevent waste. Industrial  guch as that shown here. Each tip
and research facilities are working diligently to develop processes that do not generate dispenses a very small quantity of

o- waste that must be treated or disposed of. One way of eliminating waste is to design  chemical into a corresponding well
18 products that break down to harmless materials after they are used. Another principle ~ where the chemical’s action as a
1is of green chemistry is to design processes that do not deplete natural resources. Instead, ~ potential pharmaceutical agent can be
5ts green-chemistry principles recommend using raw materials that are renewable—that tested.
‘€S is, raw materials that come from agricultural sources or from the waste products of
ed other processes. Fossil fuels are the primary source of depleting raw materials.
do
oW
1igh
m | SUMMARY
ich
/ho In this chapter we showed how things can be classified as matter or energy. We also
hat demonstrated that matter can be classified in different ways based on its character-
:1ds istics. Matter can be classified as an element, a compound, or a mixture of one or
both. Elements can be further classified as metals or nonmetals, and mixtures can be
not further classified as homogeneous mixtures (solutions) or heterogeneous mixtures.
the Elements and compounds are commonly represented using element symbols and
om- chemical formulas. Molecules can be either elements or compounds. Models can be
ent. constructed using spheres for atoms and combinations of spheres for molecules.
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Matter can also be classified by its physical state, whether solid, liquid, or gas.
Each substance has a set of unique physical and chemical properties. Some physical
properties, such as mass, density, or boiling point, derive from measurements using
appropriate units.

A change in a substance can be classified as either physical or chemical. In a
physical change, the identity of the substance(s) remains unchanged. When a new
substance is formed, the change is chemical, and the process of change is often
called a chemical reaction.

The energy of an object is a combination of its kinetic and potential energy.
Energy can change from one form to another, and it can be transferred as heat.
Energy changes, often in the form of heat, accompany chemical reactions.

The scientific method includes a variety of methods of inquiry employed by
scientists. Observation, or the collection of data, is a necessary part of the scien-
tific method. It frequently involves the design of carefully controlled experiments.
Hypotheses are tentative explanations for the results of experiments. Laws result
when observations appear to have universal validity, and theories are explanations

for laws.

Math Too box 1.1 | Sclent fic Notat on

ERET S SEmElwrTEIEE f oI i

Many numbers used in chermstry are elther very large such as
602,200,000,000,000,000,000,000 atoms in 12 g of carbon, or very
small, such as 0.0000000001 centimeter per picometer (cm/pm). It is
very easy to make mistakes with such numbers, so we express them
in a shorthand notation called exponential or scientific notation. The
numbers used in the examples are written as (6.022 x 10% atoms)/
(12gC)and 1 x 10710 cm/pm in scientific notation. In this form, the
numbers are easier to write, and it is easier to keep track of the posi-
tion of the decimal point when carrying out calculations.

A number in scientific notation is expressed as C x 10,
where C is the coefficient and n is the exponent. The coefficient
C is a number equal to or greater than 1 and less than 10 that is
obtained by moving the decimal point the appropriate number of
places. The exponent n is a positive or negative integer (whole
number) equal to the number of places the decimal point must be
moved to give C. For numbers greater than 1, the decimal point is
moved to the left and the exponent is positive:

523 =523 X 10%
A

For numbers smaller than 1, the exponent is negative, since the
decimal point must be moved to the right:

0.000523 = 5.23 X 10*
(NS

EXAMPLE 1.14 Converting Between Decimal Form and
Scientific Notation

(a) Convert 453,000 to scientific notation.

(b) Convert 0.00052 to scientific notation.

(¢) Write the value 4.0 x 10~ in decimal form.

(d) Write the value 8.657 x 10* in decimal form.

(e) Place the following numbers in order from smallest to larg-

est: 10%, 1,0, 107, 107°.

Solution:

(a) The number 453,000 is greater than 1, so our exponent 7 in
10" will be a positive value. To convert to scientific notation,
we move the decimal point between the 4 and 5. The decimal
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point is moved five decimal places to the left, so the exponent

is 5. The value 453,000 in scientific notation is therefore

453 % 10°.

The number 0.00052 is less than 1, so our exponent r in 10" will

be a negative value. To convert to scientific notation, we move

the decimal point between the 5 and 2. The decimal point is

moved four decimal places to the right, so the exponent is —4.

The value 0.00052 in scientific notation is therefore 5.2 x 107,

(c) The number 4.0 x 10~ has a negative exponent, so it is less
than 1. To convert to decimal form, we move the decimal
point to the left three places: 0.0040.

(d) The number 8.657 x 10* has a positive exponent, so it is
greater than 1. To convert to decimal form, we move the
decimal point to the right four places: 86,570.

(e) Zero is the lowest value since none of the numbers are nega-
tive in value. The values with negative exponents are between
0 and 1. The value with a positive exponent is the only value
greater than 1. The order is 0 < 10¥ < 102 < 1 < 10",

(.

=

Practice Problem 1.14

(a) Convert 0.0123 to scientific notation.

(b) Convert 123 to scientific notation.

(c) Write the value 2.55 x 10* in decimal form.

(d) Write the value 1 x 107 in decimal form.

(e) Place the following numbers in order from smallest to larg-
est: 10,0, 1, 10%, -2.

Further Practice: Questions 1.3 and 1.5 at the end of the chapter

Using Your Calculator

Such operations can be carried out more easily with a scientific
calculator. Methods of use vary with different brands and models,
so users should always consult their manual for specific instruc-
tions. However, the general approach is as follows. First enter the
coefficient, including the decimal point. Then press the appropri-
ate button for entering the exponent followed by the value of the
exponent. The button is generally labeled [EE], [EXP], or[[0F] If the



Math Toolbox 1.1 (continued)

exponent has a s the gn button before
entering the va Don this button with
the subtraction button. The change-sign button is usually labeled

EHor .

Generally, it takes fewer key strokes to input a number in expo-

appear on your calculator.

Rules of Exponents
When you carry out mathematical operations with numbers written
in scientific notation, you need to know how to work on the exponen-
tial part of the number. You can usually do this with your calculator,
but you should always check whether an answer from a calculator
makes sense. To do this, verify the calculation by hand or make an
estimate in your mind. The following instructions show how to work
without a calculator. You should also perform these manipulations
with your calculator to assure yourself that you can do them all.

In several of the examples, the coefficient is understood to be
1. Thatis, 1.0 % 10% is the same as 10". Since 1 multiplied or divided
by 1 still equals 1, the coefficient does not need to be written.

To multiply exponential notation numbers, multiply the coef-
ficients and add the exponents:

10*x 107 = 104+7 = 0"
10° % 107 =108+ =102
104% 10*= 107**% =10 = 1
2x 104 x (4 x 10% =2 x4 x 1079 =8x10°=8
To divide numbers written in exponential notation, divide the
coefficients and subtract the exponents:

109 -
?=|0“” Y -10%
|
-3
10—8 =1093-9 = 10°
10~
g8 x10% 8 -
- :Exxo‘6 Y _4x10?
2x%x1

To raise an exponential number to a power, raise both the coef-
ficient and the exponent to the power by multiplying:
(104)3 - 10(4x3) - 1012
(107 = 1072 = 10°
(2% 10 = (2’ x 104*¥ =8 x 10"
To extract the root of an exponential number, take the root of both
the coefficient and the exponent:
(1082 = 1082 = 10
(1027)”9 - 10(27/9) — 103
(4% 1042 = (4)7 x 102 =2 x 10*
If the exponent is not evenly divisible by the root, we rewrite the
number so the exponent is evenly divisible:
(10712 = (10 x 1082 = 10" x (109 = 3.16 x 10°
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To add or subtract numbers in exponential notation, first
express both numbers with identical exponents. To do so, shift the
decimal point in one of the numbers so its exponential part is the
same as that of the other number. Then simply add or subtract the
coefficients and carry the exponential part through unchanged.
For example, suppose we want to add the following quantities:

5.2x10*+7.0x 10°
We first change one number so they both have the same exponents:
52.% 10° + 7.0 x 10°
Then we can add the two coefficients:
(52.+7.0)x 10°

If necessary, we shift the decimal point to return the number to
proper scientific notation:

59. % 10° = 5.9 x 10*

EXAMPLE 1.15 Mathematical Operations with Numbers
Written in Scientific Notation

Perform the following operations without using your calculator

and report your answers in scientific notation.

(8 (20x10)x(25%x10) (0 (3.0x10%’
(b) (4.0 x 1072 = (2.0 x 10%) (d) (4.3 %107 + (6.90 x 10%

Solution:

(a) To multiply numbers in scientific notation, multiply the coef-
ficients and add the exponents:
(2.0x2.5)x (102 =5.0x% 10
(b) To divide numbers in scientific notation, divide the coef-
ficients and subtract the exponents:
(4.0 = 2.0) x (10?73 =2.0x 107
(c) To raise a number in scientific notation to a power, raise
both the coefficient and the exponent to the power:
(3.0 x 10%? = (3.0)* x (10%?
When we raise an exponent to a power, we multiply the
exponent by the power:
(3.0)* x (10%? = 9.0 x 10°
(d) To add two numbers in scientific notation, we must first
express both numbers with identical exponents:
(4.3 % 10%) + (6.90 x 10°) = (0.43 x 10°%) + (6.90 x 10°).
Then we add the coefficients:
(0.43 + 6.90) x 10° = 7.33 x 10°
Now, confirm your answers with a calculator. If you don’t get the
answers shown, you’re not inputting numbers in scientific nota-
tion correctly.

Practice Problem 1.15

Perform the following operations without using your calculator
and report your answers in scientific notation.

(@) (4.0x10%x(1.5x107%)  (c) 20x 10733

) GOx109=(1.0x107)  (d) (4.10x10'%) - (2.0x 10°)

Further Practice: Questions 1.7 and 1.8 at the end of the chapter
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a Math Toolbox 1.2 | Significant Figures

Numbers used in chemistry can be placed into two categories. Some
numbers are exact. They are established by definition or by count-
ing. Defined numbers are exact because they are assigned specific
values: 12in=11t, 2.54 cm =1 in, and 10 mm = 1 cm, for example.
Numbers established by counting are known exactly because they
can be counted with no errors. Since defined and counted numbers
are known precisely, there is no uncertainty in their values.

Other numbers are not exact. They are numbers obtained by
measurement or from observation. They may also include num-
bers resulting from a count if the number is very large. There is
always some uncertainty in the value of such numbers because
they depend on how closely the measuring instrument and the
experimenter can measure the values.

Precision and Accuracy

Uncertainty in numbers can be described in terms of either precision
or accuracy. The precision of a measured number is the extent of
agreement between repeated measurements of its value. Accuracy
is the difference between the value of a measured number and its
expected or correct value. If repetitive measurements give values
close to one another, the number is precise, whether or not it is accu-
rate. The number is accurate only if it is close to the true value.

We usually report the precision of 2 number by writing an
appropriate number of significant figures. Significant figures in a
number are all the digits of which we are absolutely certain, plus
one additional digit, which is somewhat uncertain. For example, if
we measure the height of a line on a graph calibrated with a line
every 10 cm, we might obtain a value between 10 and 20 cm, which
we estimate to be 18 cm. We are certain of the 1 in 18 cm, but not
of the 8. Both of these digits are considered significant; that is, they
have meaning. Unless we have other information, we assume that
there is an uncertainty of at least one unit in the last digit.

30 30 —
i /20

20+ 20 3

104 10 3

Jallf - ;

With a graph calibrated more finely, in centimeters, we see
that the line height is indeed somewhat more than 18 cm. The line
appears to reach about three-tenths of the distance between the
18 cm and 19 cm marks, so we can estimate the height at 18.3 cm.
The number of significant figures is three, two of which are cer-
tain (1 and 8) and one of which is somewhat uncertain (3).

Determining the Number of Significant Figures

Every number represents a specific quantity with a particular
degree of precision that depends on the manner in which it was
determined. When we work with numbers, we must be able to
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recognize how many significant figures they contain. We do this
by first remembering that nonzero digits are always significant, no
matter where they occur. The only problem in counting significant
figures, then, is deciding whether a zero is significant. To do so,
using the following rules:

+ A zero alone in front of a decimal point is not significant; it
is used simply to make sure we do not overlook the decimal
point (0.2806, 0.002806).

« A zero to the right of the decimal point but before the first
nonzero digit is simply a place marker and is not significant
(0.002806).

« A zero between nonzero numbers is significant (2806,
0.002806).

« A zero at the end of a number and to the right of the decimal
point is significant (0.0028060, 2806.0).

» A zero at the end of a number and to the left of the decimal
point (28060) may or may not be significant. We cannot tell
by looking at the number. It may be precisely known, and
thus significant, or it may simply be a placeholder. If we
encounter such a number, we have to make our best guess of
the intended meaning.

The following table summarizes the significant figures in the

numbers we just considered. The digits that are significant are
highlighted.

Number Count of Significant Figures
0.2806 4

0.002806 4

2806 4

0.0028060 5

2806.0 5

280600 4or5or6

To avoid creating an ambiguous number with zeros at its end,
we write the number in scientific notation (see Math Toolbox
1.1), so that the troublesome zero occurs to the right of the
decimal point. In this case, it is simple to show whether the zero
is significant (2.8060 x 10*) or not (2.806 x 10*). The power of
ten, 10% is not included in the count of significant figures, since
it simply tells us the position of the decimal point.

EXAMPLE 1.16 Number of Significant Figures

Determine the number of significant figures in the following:

(a) 0.060520
(b) 5020.01

Solution:

(a) Zeros before the first nonzero digit are not significant. Zeros
at the end of a number and to the right of the decimal point
are significant. Zeros between nonzero digits are significant.
Thus, all but the first two zeros are significant, giving five
significant figures.

Zeros between nonzero digits are significant, so all digits in
this number are significant. There are six significant figures
in this number.

(b

~

45

Math Toolbox 1.2 Significant Figures

Practice Problem 1.16
Determine the number of significant figures in the following:

(a) 14800.0
(b) 0.00076

Further Practice: Questions 1.9 and 1.10 at the end of the
chapter

Significant Figures in Calculations

We must also be concerned about the proper expression of num-
bers calculated from measured numbers. Calculators will not do
this for us, so we have to modify their output. The rules for deter-
mining the proper number of significant figures in mathematical
manipulations of measured numbers are simple. To determine the
proper number of significant figures in the answer to a calcula-
tion, we consider only measured numbers. We need not consider
numbers that are known exactly, such as those in conversions
such as 1 foot (ft) = 12 inches (in). In the following examples, we
will not use units, so that we can focus on the manipulation of the
numbers. Remember, however, that a unit must accompany every
measured number.

Multiplication and Division

In a multiplication or division problem, the product or quotient

must have the same number of significant figures as the least pre-

cise number in the problem. Consider the following example:
24x1.12="7

The first number has two significant figures, and the second has

three. Since the answer must match the number with the fewest

significant figures, it should have two: ’

2.4x1.12=2.7 (not2.69)

EXAMPLE 1.17 Significant Figures in Multiplication and
Division

Express the answers to the following operations with the proper

number of significant figures:

(a) 5.27%x3.20

(b) (1.5 x 10%) x 317.832

(c) 6.0/2.9783

(d) (2.01)

Solution:

(a) Each number has three significant figures, so the answer
should have three:

5.27x3.20=16.9

(b) The first number has two significant figures, while the sec-
ond has six. The answer should have two significant figures,
the same as the number with fewer significant figures:

(1.5 % 108 x 317.832 = 4.8 x 10

(c) The numerator has two significant figures; the denominator

has five. The answer should have two significant figures:

6.0 _
2.9783 2
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(d) A number raised to a power is the same as multiplying that
number by itself as many times as indicated by the power,
so the answer should have the same number of significant
figures as the number:

(2.01’=2.01x2.01 x2.01=8.12

Practice Problem 1.17
Express the answers to the following operations with the proper
number of significant figures:

(a) 501x1.5

(b) 0.009/3.00

(c) 3.60x4.2x10"°
(d) (1.85)2

Further Practice: Questions 1.11 and 1.12 at the end of the
chapter

Addition and Subtraction

A sum or difference can only be as precise as the least precise
number used in the calculation. Thus, we round off the sum or dif-
ference to the first uncertain digit. If we add 10.1 to 1.91314, for
instance, we get 12.0, not 12.01314, because there is uncertainty
in the tenths position of 10.1, and this uncertainty carries over to
the answer. In this case, it is not the number of significant figures
that is important but rather the place of the last significant digit.
Consider another example:

0.0005032 +1.0102 =7

The first number has four significant figures and the second num-
ber has five. However, this information does not determine the
number of significant figures in the answer. If we line these num-
bers up, we can see which digits can be added to give an answer
that has significance:

0.0005032
+1.0102
1.010703Z

The digits after the 5 in the first number have no corresponding
digits in the second number, so it is not possible to add them and
obtain digits that are significant in the sum. The answer is 1.0107,
which has five significant figures, dictated by the position of the
last significant digit in the number with the greatest uncertainty
(1.0102).

EXAMPLE 1.18 Significant Figures in Addition and
Subtraction

Express the answers to the following operations with the proper

number of significant figures:

(a) 24 + 1.001
(b) 24 +1.001 + 0.0003
(c) 428 -0.01

(d) 14.03-13.312
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Solution:

(a) The first number has no digits after the decimal point, while
the second has three. The digits after the decimal point will
have no significance:

24 +1.001 =25

(b) Only the numbers to the left of the decimal point will have
significance in the answer:

24 + 1.001 + 0.0003 = 25

(c) The second number has no digits to the left of the decimal
point, while the first number has all its significant digits to
the left of the decimal point, so the subtracted number does
not affect the answer:

428 - 0.01 =428

(d) The first number has two digits to the right of the decimal
point; the second has three. The answer should have only two
digits past the decimal:

14.03 -13.312=0.72

Practice Problem 1.18
Express the answers to the following operations with the proper
number of significant figures:

(a) 1.003+1.02+1.0
(b) 1.0003-0.10
() 2.5020 - 2.50
(d) 7.10 +13.473

Further Practice: Questions 1.13 and 1.14 at the end of the
chapter

Rounding Off Numbers

When a number contains more digits than are allowed by the rules
of significant figures, we drop the digits after the last significant
figure, using the following procedure:

= If the first digit being dropped is less than 5, leave the last
significant figure unchanged. (For example, rounding to three
significant figures, 6.073 becomes 6.07, and 6073 becomes
6.07 x 10%)

= If the first digit being dropped is greater than 5 or is 5 fol-
lowed by digits other than zero, increase the last signifi-
cant figure by one unit (rounding to three significant figures,
6.077 becomes 6.08, and 60,751 becomes 6.08 x 10%).

« If the first digit being dropped is 5 followed only by zeros
or by no other digits, then increase the last significant figure
by one unit if it is odd (6.075 becomes 6.08) but leave it
unchanged if it is even (6.085 becomes 6.08).

EXAMPLE 1.19 Rounding Numbers

Round each of the following numbers to three significant
figures:

(a) 3245

(b) 12.263

(c) 0.001035
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(d) 312486
() 312,586

Solution:
(@)

(b) The last two digits must be dropped. Since the first one
dropped is greater than 5, the previous digit is increased by
1: 12.3. '

(c) The last digit must be dropped. Since this digit is a 5 and the
previous digit is odd, the previous digit is increased by 1:
0.00104.

(d) The last three digits must be dropped. Since the first one
dropped is less than 5, the previous digit is unchanged:
312,000 or 3.12 x 10°.

Math Toolbox 1.3 Units and

(¢) The last three digits must be dropped. Since the first one
dropped is 5 followed by nonzero digits, the previous digit
must be increased by 1: 313,000 or 3.13 x 10°.

Practice Problem 1.19
Round each of the following numbers to two significant figures:
(a) 1.502

(b) 13.50

(c) 0.001056

(d) 1200.0

(e) 0.2035

Further Practice: Questions 1.15 and 1.16 at the end of the
chapter

ath Toolbox 1.3 | Un ts and Gonvers ons

All experimental sciences are based on observation. To be use-
ful to the experimenter and to others, observations often must
involve making measurements. Measurement is the determina-
tion of the size of a particular quantity—the number of nails, the
mass of a brick, the length of a wall. Measurements are always
defined by both a quantity and a unit, which tells what it is we are
measuring.

But what system of units do we use? Most countries use the
metric system, while the United States still uses primarily the
English system. The English system is based on various units
that are not related to one another by a consistent factor. Com-
mon units of length, for example, are inches, feet (12 in), yards
(3 ft), and miles [1760 yards (yd)]. The metric system, on the
other hand, uses units that are always related by a factor of 10, or
by some power of 10. Units of length are centimeters (107 m),
decimeters (10 cm or 10~ m), meters, and kilometers (1000 m).
Scientists in all countries use the metric system in their work.

The metric system is convenient to use because its units
are related by powers of 10. Converting between telated units is
simply a matter of shifting a decimal point. The metric system
adds a further convenience. It does not use arbitrary names like
the English system, but rather, it defines base units of measure,
and any multiple or fraction of these base units is defined by a
special prefix.

Prefix Factor Symbol Example

a1ga 10° G 1Gg=1,000,000,000 g
mega  10° M IMg= 1,000,000 g

Kilo 10° Kk 1kg=1000g

deci 10" d  1dg=0lg

centi 107 ¢ leg=001¢g

milli 1073 m 1 mg=0.00lg

micro* 107 u 1 ug = 0.000001 g

nano 107 n 1 ng = 0.000000001 g
pico 1072 p 1 pg = 0.000000000001 g

*The microgram (ug) is sometimes abbreviated mcg in the health professions.

a7

Many science and health-related disciplines require con-
versions between different systems. Some of the relationships
listed here may be useful in converting between English and
metric units.

English Unit Metric Unit
llb=160z 4536 g

lin 2.54 cm (exactly)
1yd 09144 m

1 mi 1.609 km

| fluid oz 29.57 mL
[qt 0.9464 L

1 gal 3.785L

1 £t} 28.32 L

Metric Base Units and Derived Units

In 1960 an organization of scientists met in France to determine
standards for scientific measurements. This group established the
ST units (from the French, Systéme Internationale} listed here.

Unit Symbol Quantity

meter m length

kilogram kg mass

second s time

ampere A electric current
kelvin K temperature

mole mol amount of substance

candela cd luminous intensity

All other units, called derived units, are based on these by multi-
plication or division and then applying the appropriate prefix or
combination of units. For example, if the mass of an object is mea-
sured in grams, it could b d to the SI unit of mass, the
kilogram, by dividing the mass in grams by 1000 and
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adding the prefix kilo to the quantity. (We’ll discuss conversions
of units in the next section.) An example of a derived unit that
involves a combination of units is volume. The SI derived unit for
volume is cubic meters (m®), which for a box would mean mea-

What is the SI derived unit for density?

Conversion of Units

Measurements must be interpreted, often by mathematical manip-

ulation of the data. This manipulation often involves converting

one set of units into another using relationships between them.
roaches to such ¢ are ratios and dimensional
In both cases, an f the units provides clues to

the correct solution of the problem.

Consid em that can be solved almost cally:
“Convert 30 hours.” You probably gave th with-
out thinking: 30 min is one-half hour (0.50 h). But how did you
know this answer? Let’s systematize the problem-solving process.
First—even if we don’t always consciously think about it—we

this information, write a mathematical expression that shows the
equivalence of two quantities having different units:
1 h =60 min

We can use this expression in two ways to solve this problem.
First, we will describe the ratio approach.

Ratio Approach
In se a known p to compare with our
un . We know minutes make up 1 h,
but we want to know how many hours there are in 30 min. From
the known relationship, we develop a ratio of equivalent quantities

o 1 and that has different units in the numerator and

To develop a ratio to convert minutes into hours, we
use the equivalent quantities and divide 1 h by 60 min.

1h
60 min
The ratio for our unknown relationship should equal the known
ratio as long as we use the same units, so we can set the unknown
ratio equal to the known ratio:
xh 1h
30min 60 min
‘We can cross multiply to solve for x:
xh % 60 min =1 hx 30 min

We can then solve for x by dividing both sides by 60 min:

xhx60mir 1hx30 mif
H0-mim 60 mifi
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We then carry out the mathematical operations:
_1hx30 mifi
60 prfi

Notice that the units of minutes cancel out, leaving the units of
hours, which is the unit called for in the problem.

x =05h

Dimensional Analysis

We also use the ratio of equivalent quantities in the dimensional-
analysis approach. In this approach, however, we get to the form
of the manipulated ratio more quickly. We multiply the known
quantity by the ratio, so that units cancel and we get the unknown
quantity with the desired units:

=05h

Time in h = 30 min X Lh =
60 min

Notice how the starting units (minutes) cancel out, leaving
the desired units (hours) to accompany the calculated number.
In the dimensional-analysis approach, units in the numerator
and denominator of a fraction are treated exactly the same as
numbers—canceled out, multiplied, divided, squared, or whatever
the mathematical operations demand. We set up the conversions
so that desired units are introduced and beginning units cancel
out.

Now reexamine the conversion just developed. From the
same equivalence expression, 1 h = 60 min, we can derive another
ratio by dividing 60 min by 1 h:

60 min
1h

What happens when the original quantity is multiplied by this
conversion factor?

Time in h = 30 min x 20T —

in2
= 1800 22

This answer is clearly wrong because the units make no sense.
There are always two possible ratios of the known equivalent
ies,
rati
But
units and leaves intact the desired units. Using the improper ratio
results in nonsensical units (like min%h). This is a clear warning
that the ratio was upside down or otherwise incorrect.

EXAMPLE 1.20 Converting Units
Use the dimensional-analysis approach to convert 75.0 km
to meters.

Solution:
We begin by determining if there is a relationship between kilo-
meters and meters:
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Distance in Distance in
kilometers meters

From the table of metric units we see that 1 km = 1000 m, so there
is a relationship between these quantities:

Distance in 1km = 1000 m Distance in

kilometers meters

From the equivalence expression, 1 km = 1000 m, we can derive
two ratios (conversion factors), one of which we’ll use in the
calculation:

km or 1000 m
1000 m 1 km

Only one of ressions, when ted by the given
quantity in k will correctly ¢ e units. What are
the units if w 75.0 km by the o?

1 km km?

75.0 km X = 0.0750
1000 m

The units tell us that our first attempt leads to an answer that is
nonsense Applying the other conversion factor, units cancel and
lead to an answer that makes sense:

1000 m
75.0 x ———— = 75,000
kat . m

Notice that our given quantity has three significant figures.
To show that we know the answer in the conversion to three
significant figures, we should express it in scientific notation:
7.50 x 10* m. (See Math Toolboxes 1.1 and 1.2 for details about
scientific notation and significant figures.)

Practice Problem 1.20
Convert 0.0276 kg to grams.

Further Practice: Questions 1.17 and 1.18 at the end of the
chapter

An Approach to Problem Solving
The processes just discussed can be generalized by the following
diagram:

What are we given and What relationships

what are we looking for? can we use?
Set up the Check the
problem. answer.
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Consider the following problem: A liquid fertilizer tank has a
volume of 6255 ft*. How many gallons of liquid fertilizer can fit
into this tank?

{. Decide what the problem is asking for.

First, read the problem carefully. If you are not sure what a term
means, look it up. If it’s necessary to use an equation to solve
the problem, be sure you nd g of each sym-
bol. Look for clues in the its or phrases such
as determine, calculate, what mass, what volume, or how much.
After deciding what quantity the problem is asking for, write the
units in which this quantity must be stated. In the fertilizer tank
example, we want to find the volume of the tank in units of gallons
from units of cubic feet.

2. Decide what relationships exist between the information
given in the problem and the desired quantity.

alence relationships (such as
This information may not be
given in the problem itself. In th tank example, we need
to convert volume in cubic feet in gallons, so we need
an equivalence relationship between those two quantities. The
expression is 1 ft’ =7.481 gal.

The additional information that describes the relationship

If necessary, recall or lo
1 h = 60 min) inside the

have to be applied.
A word of caution: Just as a problem may contain less infor-
mation than you need to
mation than you need. N
information. Examine all
is not pertinent.

3. Set up the problem logically, using the relationships decided
upon in step 2.
Starting with the relationships you obtained in step 2, develop

the ratios needed to arrive at the final answer. Be sure to set up
the ratios so that the old units cancel out and the desired units are

introduced in the positions.
In the fertili mple, the ratio is (7.481 gal)/(1 ).
The conversion is as follows:
Volume in gal = 6255 #x 148Lgal _ 46900 gal
162
L, it is
there.
0 mile

mi
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Unfortunately you can only find a table that gives the number of
feet in a mile, the number of inches in a foot, and the number of
centimeters in an inch. The diagram to get from miles to centime-
ters might look like this:

1 mi = 5280 ft 1ft=12in

1in=2.54cm

The problem setup would follow this progression:

5280 ff x 12jd % 2.54 cm
1 mt 1 1if

=1.61x10°cm

Distance in cm = 1.00 yai” X

4. Check the answer to make sure it makes sense, both in mag-
nitude and in units.

looks reasonable, since the liter is a valid unit of volume; but it
should be obvious that something is wrong with the numerical
answer. Since a liter is about the same volume as a quart, this

calculations checked for errors.

In the fertilizer tank example, the units cancel propetly, so the
answer should be correct, if there are no arithmetic errors. Since
there are about 7.5 gal in 1 ft2, the answer should be greater than
the volume in cubic feet by something less than a factor of 10. The
answer is indeed within this expected range.

EXAMPLE 1.21 Problem Solving

If a laser beam fired from the moon takes 1.30 s to reach Earth,
what is the distance in meters between the moon and Earth?
Light travels in a vacuum at a speed of 3.00 x 10" cmin 1 s or
3.00 x 10" cm/s.

Solution:
We begin by determining if there is a relationship between seconds
and meters:

Distance in
meters

Time in
seconds

There isn’t, but the speed given, 3.00 X 10'° cm/s, is a rela-
tionship between time and distance in centimeters. We could use
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this relationship to calculate the distance in centimeters and then
convert to meters

3 10 ¢/s x 1072
300 % 107 cmfs Distance in fem X 107 m Distance in

cenlimeters meters

Time in
seconds

The ratios for converting seconds to centimeters can be expressed
in two ways:

3.00 X 10°°cm or ls
is 3.00 x 10°cm

When multiplied by the time, 1.30 s, the first one cancels units of
seconds and gives an answer in centimeters. To convert centime-
ters to meters. we use the equivalence expression

lem=107m
Rather than working with negative exponents, it is sometimes use-
ful to work in whole numbers. Dividing both sides of the expres-
sion by the quantity of the negative exponent provides a whole
number ratio that may be more convenient:

1cm _,I‘O’Q/m
102 8
100cm =1 m

Two ratios can be written to describe this relationship:

100 cm 1m
or ——
1m 100 cm

When multiplied by the distance in centimeters. the second expres-
sion will correctly cancel units and give an answer in meters.

di ctors
st units
ce from

the moon to Earth in meters:

10
Distance in meters = 1.30 8’X 3.00x 100 ear L m
18 100 caf

=3.90 x 10°m

Does this answer make sense? Yes, because we would expect
there to be a great distance between the moon and Earth. If
we had inversed the conversion factors, we would have got-
ten 4.33 x 107 and units that do not make sense. The answer,
3.90 x 108 m, has three significant figures, which is the same as
the number in the given quantity.

Practice Problem 1.21

A tablet of a typical pain reliever contains 200 mg of active
ingredient. How many pounds of active i nt are in a tab-
let? (Assume there are three significant in the 200-mg
quantity.)

Further Practice: Questions 1.19 and 1.20 at the end of the
chapter
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Relationship

The density of an object is the ratio of its mass and volume.

The absolute temperature 1n kelvins 1s offset from the Celsius temperature by 273 15

The Fahrenheit temperature has degrees that are 1.8 times as large as Celsius degrees.

The freezing point of water is set at 32°F and 0°C.

KEY TERMS

aqueous solution (1.1)
atom (1.1)

chemical change (1.2)
chemical formula (1.1)
chemical property (1.2)
chemical reaction (1.2)

element symbol (1.1)
energy (1.3)

gas (1.1)

heterogeneous mixture (1.1)
homogeneous mixture (1.1)
hypothesis (1.4)

kinetic energy (1.3)
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Equation
Density = mass/volume
Te=Tc+273 15

Top=1.8(To0) + 32

matter (1.1) pure substance (1.1)
metal (1.1) scientific method (1.4)
mixture (1.1) solid (1.1)

molecule (1.1) solution (1.1)

nonmetal (1.1) temperature (1.2)

physical change (1.2) volume (1.2)

physical property (1.2)

work (1.3)

compound (1.1)
density (1.2) liquid (1.1)
element (1.1) mass (1.1)

QUESTIONS AND PROBLEMS

physical state (1.1)
potential energy (1.3)

The following questions and problems, except for those in the Additional Questions section are paired. Questions in a pair focus on the
same concept. Answers to the odd-numbered questions and problems are in Appendix D.

Matching Definitions with Key Terms

1.1  Match the key terms with the following descriptions.

(a) a measure of the quantity of matter

(b) a characteristic of a substance involving the possible
transformations that the substance can undergo to
produce a new substance

(c) a combination of two or more substances that can be
separated by physical means

(d) a pure substance that cannot be broken down into
simpler stable substances in a chemical reaction

(e) the capacity to do work or to transfer heat

(f) a characteristic of a substance that can be observed
without changing its composition

(2) the physical state in which matter has no
characteristic shape but takes the shape of the filled
portion of its container

(h) the ratio of the mass of a substance to its volume

(i) a mixture with uniform composition

(j) the physical state of matter characterized by a fixed
shape and low compressibility

1.2 Match the key terms with the following descriptions

(a) the smallest particle of an element that retains the
characteristic chemical properties of that element

(b) a change in which substances are converted into new
substances that have compositions and properties
different from those of the original substances
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(c) anything that occupies space and is perceptible to the
senses

(d) a substance composed of two or more elements
combined in definite proportions

(e) a combination of atoms of one or more elements

(f) a process characterized by changes only in the
physical properties of a substance, not in its

(8 ate in which matter has no fixed shape
expands to fill its container completely
(h) the energy possessed by an object because of its

po
(i) at e explanation for the properties or
of that accounts for a set of observat

can be tested
(j) the energy possessed by an object because of its
motion
Math Toolbox Questions

1.3 Convert each of the following values to scientific notation.

(a) 29,500 (c) 650,000,000
(b) 0.000082 (d) 0.0100
14  Convert each of the following values to scientific notation.
(a) 0.00010 (c) 90,100,000
(b) 4500 (d) 0.0000079
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1.5

1.6

1.7

1.8

1.9

1.10

1.13

1.14

Chapter 1 Matter and Energy
Convert each of the following values from scientific
notation to decimal form.

(a) 1.86 x 107 (©) 4.53%x10°

(b) 1x107 (@ 6.1x107
Convert each of the following values from scientific
notation to decimal form.

(a) 8.2x 10° (¢) 7% 107

(b) 2.025 % 107 (d) 3.0x 108
For each of the following, carry out the mathematical
operation and report answers in scientific notation.
(a) 3.1x10°)x (2.0 107

() (7.0x10%) + (2.0 x 10%)

(©) 2:8%107% = (9.6x107)

(d) (5.0x 107%?

(e) (8.50 x 10°) - (3.0 x 10%)

6 (6.4%107) = (4.0 10
For each of the following, carry out the mathematical
operation and report answers in scientific notation.
() (8.2x10% + (4.1 % 107)

() (3.5 % 10%*

() (6.6x107%)+ (2.2

(d) (423 x 109 % (2.0

(e) (8.44x10% +(1.2

) (4.58x10°) + (3.6 )
Determine the number of significant figures in the
following.

(a) 0.0950 (d) 0.0052

(b) 760 (e) 3.46x 10"

(c) 1.005
Determine the number of significant figures in the
following.

(a) 1.48 x 107 (d) 7025

(b) 156.0 (e) 140

(c) 0.04350

Express the answers to the following operations with the
proper number of significant figures.

(a) 1.2x1.216

(b) 3.000/2.0

(¢) (1.201 x 10%) x (1.2 X 10°7%)

(d) (144"
Express the answers to the following operations with the
proper number of significant figures.

(a) (1.600 x 107)(2.1 x 10%)

(b) (1.33)°

(c) 1.93 x2.651

(d) 4.4/2.200
Express the answers to the following operations with the
proper number of significant figures.

(a) 1.6 +1.15 (c) 1.8+ 1.022 +0.001

(b) 41.314-41.03 (d) 0.050-0.0012

Express the answers to the following operations with the
proper number of significant figures.

(a) 87.5+1.3218 (c) 12316-1.01

(b) 422-410.2 (d) 1.5678 +0.23 + 0.0006

Round each of the following numbers to three significant

figures.

(a) 1.2126 (d) 42.186
(b) 0.2045 (e) 0.007101
(c) 1.8351
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1.17

1.18

1.19

1.20

1.21

1.22

Round each of the following numbers to three significant
figures.

(a) 0.020450
(b) 1.3602 x 10*
(c) 13475
Carry out the following conversions. Report your answers
to the correct number of significant figures.

(a) 36 mmtom (g) 1681btog

(b) 357kgtog (h) 914qttoL

(c) 76.50 mL toL (i) 4.5cmtoin

(d) 0.0084670mtocm  (j) 236.504 gtolb

(e) 597 nm tom (k) 20Ltoqt

(f) 36.5intocm
Carry out the following conversions. Report your answers
to the correct number of significant figures.

(a) 75.5 km to m (g) 256lbtog

(b) 25.7 gto mg (h) 4.005qttoL

(c) 0.516 L to dL. (i) 934 cmtoin

(d) 52cmtom () 155gtolb

(e) 0.000000450 mtonm (k) 22.4Ltoqt

(f) 12intocm
Carry out the following conversions. Report your answers
to the correct number of significant figures.

(a) 947 m to mi (g) 6891btokg

(b) 6.74kgtolb (h) 0.5qttomL

(c) 250.4 mL to gal (i) 125cmto ft

(d) 2.30 dL tomL (j) 542mgtolb

(e) 0.000450 cmtonm (k) 25 nL to gal

(f) 37.5intom
Carry out the following conversions. Report your answers
to the correct number of significant figures.

(a) 32cmto ft (g) 2.7btokg

(b) 0.579kgto lb (h) 8.320 qt to mL.

(c) 22.70 uL to qt (i) 375kmto ft

(d) 9212 mm to km (j) 62gtooz

(e) 465 nm to mm (k) 752 mL to gal

(f) 4 fttocm

Carry out the following conversions. Report your answers
to the correct number of significant figures.

(a) 375 m/s to ft/min

(b) 24.5 cm’ to in®

(c) 19.3 g/mL to 1b/in®

Carry out the following conversions. Report your answers
to the correct number of significant figures.

(a) 27 fi/s to cm/min

(b) 2764 ft> to m

(c) 0.927 g/mL to lb/gal

(d) 16.225
(e) 1.0001

Matter and Its Classification

1.23

How would you classify the following items observed by
Bill and Anna?
() water in a fountain containing dissolved dye
(®) pipe
(c) nts of a balloon after blowing it up by mouth
(d) aslice of pizza
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1.24

1.25

1.26

1.27
1.28

1.29
1.30
1.31

1.32

1.33

1.35

1.36

1.37

1.38

1.39

1.40

1.41

How would you classify the following items observed by 1.42
Bill and Anna? ;

(a) sand in a volleyball court

(b) a baseball bat made entirely of aluminum 1.43

(c) the contents of a balloon filled from a helium tank
(d) a glass filled with a soft drink
Which of the following are examples of matter?

(a) sunlight

(b) gasoline

(c) automobile exhaust

(d) oxygen gas

(e) iron pipe
Which of the following are not examples of matter?
(a) light from a fluorescent bulb

(b) sand

(c) wheelbarrow rolling down a ramp

(d) helium balloons

(e) heat from a welding torch 1.44
How are elements distinguished from compounds?
How are homogeneous mixtures distinguished from
heterogeneous mixtures?
List characteristics of metals.
List characteristics of nonmetals.
Name the following elements.

(a) Ti (b) Ta (c) Th (d) Tc  (e) Tl
Name the following elements.

(a) C (e) Cu

(b) Ca (H) Cl
(c)Cr  (g) Cs
(d) Co

Name the following elements.

(a) B (b) Ba (c) Be (d Br (e) Bi
Name the following elements.

(a) S (b)y Si (c) Se (d) Sr (e) Sn
Name the following elements.

(a) N (¢c) Mn (e) Al 146
(b) Fe  (d) Mg ® C ’
Name the following elements.

(a) Be (c) Ni (e) Ti

(b) Rb (d) Sc (f) Ne 147
What are the symbols for the following elements?

(a) iron ¥ & (d) gold — AN

(b) lead 8% (e) antimony -~ \O

(c) silver A

What are the symbols for the following elements?

1.45

(a) copper (d) sodium

(b) mercury (e) tungsten

(c) tin
A chemical novice used the symbol Ir to represent iron. Is 1.48

this an acceptable symbol for the element? If not, what is
the correct symbol for iron?

A chemical novice used the symbol SI to represent
silicon. Is this an acceptable symbol for the element? If
not, what is the correct symbol?

The symbol NO was used by a student to represent
nobelium, an unstable, synthetic element. Is this an
acceptable symbol for the element? If not, what is the
correct symbol?
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Questions and Problems 47

A student used the symbol CO to represent cobalt, an
element found in vitamin B,,. Is this an acceptable symbol
for the element? If not, what is the correct symbol?
Classify each of the following as a pure substance, a
homogeneous mixture (solution), or a heterogeneous
mixture: hamburger, salt, soft drink, and ketchup.

Classify each of the following as a pure substance, a

homogeneous mixture (solution), or a heterogeneous
mixture: sand, boardwalk, ocean, and roller coaster.

Elemental hydrogen normally exists as two hydrogen
atoms bound together. Write the formula for this
molecule, and draw a picture to represent how it might
look on a molecular level.

Elemental chlorine normally exists as two chlorine atoms
bound together. Write the formula for this molecule,

and draw a picture to represent how it might look on a
molecular level.

This image is a representation for a compound containing
nitrogen and oxygen. Write the formula for this
compound.

This image represents a compound containing phosphorus
and chlorine. Write the formula for this compound.

@
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1.49 Which of the images represents a mixture of an element
and a compound?

00 oib X
- )] @
.‘ 3 °®

A B C

1.50 Which of the images in Question 1.49 represents a pure
substance that is a compound?

1.51 Classify each of the following as an element or a

compound.
(a) O, (c) Py (e) NaCl
(b) Fey04 (d) He ® H0

1.52  Classify each of the following as an element or a
compound.
(a) hydrogen gas (d) nitrogen dioxide
(b) water (e) aluminum chloride
(c) salt (f) neon

153 Under normal conditions, mercury is a liquid. Draw
molecular-level pictures of what mercury atoms might
look like in the liquid and solid states.

1.54 Under normal conditions, bromine is a liquid. Draw
molecular-level pictures of what bromine, Br,, might look
like in the liquid and gaseous states.

1.55 What type of matter expands to fill its container and can
be compressed to a smaller volume?

1.56 What type of matter is composed of particles that do not
move past one another?

1.57 Identify the physical state of each of the following
elements from their symbols.

(a) Cly(g) (b) Hg(D) (c) C(s)

1.58 Identify the physical state of each of the following
compounds from their symbols.

(a) NaCl(s)  (b) CH;0H() (c) COA8)

1.59 What physical state is represented in this diagram?

1.60 Draw a picture of the gaseous state of the substance
shown in Question 1.59.

1.61 How might you symbolically represent a homogeneous
mixture of oxygen, O,, and water?

1.62 Why does the symbol H,0(ag) make no sense?
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Physical and Chemical Changes and
Properties of Matter

1.63

1.64

1.65

1.66

1.67

1.68

1.69

1.70

1.72

1.73

1.75

1.76

At the beginning of the chapter, Anna and Bill made
many observations about what they saw. Some of their
observations included color, texture, and shininess. Are
these physical or chemical properties?
At the beginning of the chapter, you were asked to classify
processes like a truck running on gas or welding pieces of
metal. After reading the chapter, would you classify these
processes as physical or chemical changes?
A slice of Swiss cheese contains 45 mg of sodium.

(a) What is this mass in units of grams?

(b) What is this mass in units of ounces (0z)?

(16 0z=453.6 g)

(c) What is this mass in pounds (Ib)? (11b=453.6 g)
A package of Swiss cheese has a mass of 0.340 kg.

(a) What is this mass in grams?

(b) What is this mass in ounces (0z)? (16 0z =453.6 g)

(c) What is this mass in pounds (Ib)? (11b = 453.6 g)
A grain of salt has a mass of about 1.0 x 10 g. What is
its mass in the following units?

(a) milligrams

(b) micrograms

(c) kilograms
If a dog has a mass of 15.2 kg, what is its mass in the
following units?

(a) grams

(b) milligrams

(c) micrograms
If you drank 1.2 L of a sports drink, what volume did you
consume in the following units?

(a) milliliters

(b) cubic centimeters

(c) cubic meters
If the volume of helium in a balloon is 145 cm’, what is
its volume in the following units?

(a) milliliters

(b) liters

(c) cubic meters
If the length, width, and height of a box are 8.0 cm,

5.0 cm, and 4.0 cm, respectively, what is the volume of
the box in units of milliliters and liters?
If a cubic box (all sides the same length) has a volume of
1.0 L, what is the length of each side of the box?
A slice of cheese has a mass of 28 g and a volume of
21 cm’. What is the density of the cheese in units of g/cm’
and g/mL?
Two stones resermbling diamonds are suspected of being
fakes. To determine if the stones might be real, the mass
and volume of each were measured. Both stones have the
same volume, 0.15 cm®. However, stone A has a mass of
0.52 g and stone B has a mass of 0.42 g. If diamond has a
density of 3.5 g/cm®, could the stones be real diamonds?
Explain.
If the density of a sugar solution is 1.30 g/mL, what
volume of this solution has a mass of 50.0 g?
The density of a certain type of plastic is 0.75 glem®. If a
sheet of this plastic is 10.0 m long, 1.0 m wide, and 1 cm
thick, what is its mass?
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1.88

1.89

Why do liquids have greater densities than gases?
When a balloon filled with air is heated, the balloon
increases in volume. Does the density of the air in the
balloon increase, decrease, or remain the same?

A piece of plastic sinks in oil but floats in water. Place
these three substances in order from lowest density to
greatest density.

What special molecular-level feature of ice explains why
ice floats in water?

Liquid water

Acetone, a component of some types of fingernail polish,
has a boiling point of 56°C. What is its boiling point in
units of kelvin?
The boiling point of liquid nitrogen is 77 K. What is its
boiling point in units of degrees Celsius?
What is the difference in temperature between the boiling
point of water and the freezing point of water in each of
the following temperature scales?

(a) Celsius scale

(b) kelvin scale

(c) Fahrenheit scale
If the temperature of a cup of coffee decreases from
60.0°C to 25.0°C, what is the decrease in temperature in
units of degrees Celsius and kelvin?
Does the boiling point of a substance depend on how
much of this substance you have?
Does the melting point of a substance depend on how
much of this substance you have?
Identify each of the following as a physical property or a
chemical property.

(a) mass

(b) density

(c) flammability

(d) resistance to corrosion

(e) melting point

(f) reactivity with water
Identify each of the following as a physical property or a
chemical property.

(a) boiling point

(b) reactivity with oxygen

(c) resistance to forming compounds with other elements

(d) volume
Identify each of the following as a physical change or a
chemical change.

(a) boiling acetone

(b) dissolving oxygen gas in water

(c) combining hydrogen and oxygen gas to make water

(d) burning gasoline

(e) screening rocks from sand

(f) the conversion of ozone to oxygen,

204(g) —> 304(8)
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Questions and Problems 49

Identify each of the following as a physical change or a
chemical change.
(a) condensation of ethanol
(b) combining zinc and oxygen to make the compound
zinc oxide
(c) dissolving sugar in water
(d) burning a piece of paper
() combining sodium metal with water, producing
sodium hydroxide and hydrogen gas
(f) filtering algae from water
Write a symbolic representation and a molecular-level
representation for the change that occurs during the
condensation of chlorine, Cl,.
Write a symbolic representation and a molecular-level
representation for the process of freezing oxygen, O,.
Do the changes shown in this diagram represent a physical
or chemical change?

Before After

Do the changes shown in this diagram represent a physical
or chemical change?

After

Draw a picture that shows CH, (shown in the “After”
image in Question 1.93) condensing from a gas to a
liquid. Does this picture represent a physical or a chemical
change?

Draw a picture that shows water boiling. Does this picture
represent a physical or chemical change?

The image shows what happens when iodine, I,, is ptaced
in the bottom of a test tube and heated. Is this a physical
or chemical change?

T
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1.98  The picture shows natural gas (CH,) burning. In the 1.105 Distinguish between the different types of energy shown

process, carbon dioxide and water form. Is this a physical
change or a chemical change?

Energy and Energy Changes
1.99  Anna and Bill saw a construction worker welding pipe.
Classify the forms of energy they were observing,

1.100 Bill and Anna watched students playing volleyball in
the sunshine. Classify the forms of energy they were
observing.

1.101 Which of these two samples of carbon dioxide gas has
more kinetic energy? Explain your answer.

& @
L ®

1.102 Which of these two samples of methane gas is at a higher
temperature? Explain your answer.

1.107
p 1.108
1.109
5 1.110
A B
1.111

1.103 Give examples of potential energy that you can find in
your room.

1.104 Give examples of kinetic energy that you can find in your
room.

56

in the following picture.

1.106 Distinguish between the different types of energy shown

in the following picture.

Describe how some common types of energy can change
from one type to another.

If energy cannot be created, what is the source of the
energy that is released when gasoline is burned?

In terms of kinetic and potential energy, describe what
happens when a home run is hit on a softball field.

In terms of kinetic and potential energy, describe what
happens when a basketball is dribbled down a basketball
court and shot to score three points.

Body mass index (BMI) is a number calculated from

a person’s weight and height. BMI provides a reliable
indicator of body fatness for most people and is used

to screen for weight categories that may lead to health
problems. The formula for a person’s BMI is

weight (kg)

BMI = o3
[height (m)]

For an adult, a BM value between 18.5 and 24.9 is healthy
and considered normal.
(a) Calculate the BMI for a 6-ft, 2-in man who
weighs 169 Ib.
(b) Is this person underweight, at a healthy weight, or
overweight?
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1.112 Consider propane fuel being burned to power a vehicle.
How would you classify the transformation of energy in
this process in terms of kinetic and potential energy?

1.113 Consider water falling into a fountain. How would you
classify the transformation of energy in this process in
terms of kinetic and potential energy?

scientific Inquiry

1.114 Explain the difference between a hypothesis and a theory.

1.115 Explain how a hypothesis is used in scientific research.

1.116 Classify each of the following as an observation,
hypothesis, law, or theory.

(a) When wood burns, oxygen is consumed.

(b) Heavier-than-air objects always fall toward the center
of Earth.

(c) Matter is composed of atoms.

(d) Crime rates increase when the moon is full.

1.117 Classify each of the following as an observation, an
hypothesis, law, or theory.

(a) Bad luck results from walking under a ladder.
(b) Ol floats on water.

(c) Oil floats on water because it is less dense.
(d) Wood burns.

1.118 You observe coins in a fountain and propose the
hypothesis that fountains are built with coins in them.
Suggest experiments to test this hypothesis.

1.119 You observe a piece of balsa wood floating on water
and propose the hypothesis that all wood floats on
water because wood is less dense than water. Suggest
experiments to test this hypothesis.

Additional Questions

1.120 Rank the following measurements in order from smallest
to largest: 1.0 x 107 m, 2.0 x 10~ m, 3.0 x 107 km,
4.0 x 10 mm, 0.0 m, 1.0 m.
1.121 The density of air in a balloon is less at high altitudes than
at low altitudes. Explain this difference.
1.122 If the temperature in a room increases from 20.0°C to
30.0°C, what is the temperature change in units of kelvin?
1.123 If you have a sample of zinc and a sample of copper, and
both have the same mass, which has the greatest volume?
1.124 Give the symbols for potassium and phosphorus.
1.125 Give the symbols for the following noble gas elements:
(a) helium
(b) neon
(c) argon
(d) krypton
(e) xenon
(f) radon
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1.126

1.127

1.128

1.129

1.130

1.131

1.132

Questions and Problems 51

The red blood cell (RBC) count for a normal female is
about 5 million RBCs per uL (1 pL = 1 mm?). How many
red blood cells are in a gallon of normal female blood?
Recycling facilities around the world use a variety of
techniques to separate different types of recyclable waste.
Wet separation is a method that involves processing
certain kinds of waste (for example, glass, sand, and
metal) based on their densities relative to water. Is this
type of separation based on the physical or chemical
properties of the recyclable waste?

These samples of metals have the same mass. Which has
the greater density?

The typical dose of epinephrine at a particular
concentration administered to a patient under cardiac
arrest is 0.1 mg per kilogram of body weight. If a

patient weighs 180 b, how much epinephrine should be
administered?

About 70 million tons of paper are used per year in the
United States. If the U.S. population is about 301.6
million people, how many kilograms of paper are used by
the average U.S. citizen?

During a typical physical exam blood tests to measure
cholesterol levels are usually run. A total cholesterol level
of 240 mg/dL or above is considered high. What is this
threshold level in units of pounds per fluid ounce? If a
typical adult has 4 to 6 L of blood, how many pounds of
cholesterol are present in the blood of a patient with a
total cholesterol level of 260 mg/dL?

The densities of antifreeze, corn oil, dish detergent, maple
syrup, shampoo, and water are 1.13, 0.93, 1.03, 1.32, 1.01,
and 1.00, respectively. Which layer is which substance in
the figure?
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HClg) + H,0() —— H30+(aq) + Cl(aq)

FIGURE 13.6 Hydrochloric acid is a strong acid; it ionizes completely in water to form
H;0"(aq) and Cl(ag).

TABLE 13.1 | Common Strong Acids

Formula Name ]

HCI hydrochloric acid

HBr hydrobromic acid

HI hydroiodic acid

HNO; nitric acid

HCIO, chloric acid

HCIO, perchloric acid

H,S0, sulfuric acid (only one H* ionizes completely)
Strong Acids

Strong acids ionize completely when dissolved in water. As shown in Figure 13.6,
when the strong acid HCI ionizes in water, the resulting solution consists of only
H,0", CI', and H,O. It contains essentially no un-ionized HCL. Table 13.1 lists the
common strong acids.

Some of the strong acids listed in Table 13.1 should be familiar to you. Hydro-
chloric acid, HCI, is the acid in your stomach that aids in digestion. It is also the
acid that pool maintenance people like Jake use to wash the plaster of swimming
pools. Sulfuric acid, H,SQO,, is the acid in most car batteries, and it occurs in acid
rain. Nitric acid, HNOs, also occurs in acid rain.

Strong Bases

Strong bases dissociate completely when dissolved in water. As shown in Figure
13.7, the strong base sodium hydroxide, NaOH, dissociates completely in water
to form Na*(ag) and OH (ag). Essentially no undissociated NaOH(ag) remains.
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13.2 Strong and Weak Acids and Bases

&Y ANIMATION: Acid lonization
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13.3 Relative Strengths of Weak Acids

Practice Problem 13.5
One of the diagrams represents a solution of HCIO,, and the other represents an

aqueous solution of HSO,~. Which is which? Explain your reasoning.

A B

Further Practice: Questions 13.31 and 13.32 at the end of the chapter

13.3 | RELAT VE STRE GT S OF WEAK AC DS

Some of the sour candies made at the factory where Sara works are coated with a
many
an we
on the
is, the

relative amounts of reactants and products. The larger the value of K, the more

products exist at equilibrium.
Consider the ionization in water of two weak acids: acetic acid, CH;CO,H, and

hydrocyanic acid, HCN:
CH,CO,H(aq) + H,0(l) === H;0"(aq) + CH,CO, (ag)
HCN(aq) + H,0() === H;0%(agq) + CN(aq)

K.,=18x107
K. =62x 107

value for ionization, it is the stronger acid.

Acid lonization Constants

To distinguish the equilibrium constant for the ionization of acids in water from
other reactions acids can undergo, chemists use a special symbol, K,, the acid

on the reacts
ter. valu given
oni d hy :
CH,CO,H(ag) + H,0(l) === H;0%(aq) + CH;CO,(ag) K,=18X 107
HCN(ag) + H,0(l) === H;0%(aq) + CN(aq) K,=62x107"

151
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The equilibrium constant represents
the ratio of the concentration of
products to reactants at equilibrium,
leaving out any substances that are
in the liquid or solid phase. For
example, the equilibrium constant
expression for the ionization of
acetic acid, CH;CO,H, in water is

[H,0"J[CH;CO, ]
“ [CH,CO,H]
Recall from Chapter 12 that by con-

vention equilibrium constants are
written without units.
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13.3 Relative Strengths of Weak Acids 515

(H,CO,) and sulfuric acid (H,SO,) are
ot lose all of their acidic hydrogen atoms
he loss of hydrogens by a polyprotic acid
ider carbonic acid, which we treat as the
dissolved form of CO,:

COy(g) + H,0()) === H,CO5(aq)

ion fH and
nifi the Two
are exi ion,

its own K, value:

K, =45x107
K,=47x10™"

H,COs(aq) + H,O() === H,0%(aq) + HCO5(aq)
HCO; (aq) + H,O(l) === H;0"(ag) + CO,*(aq)

Sulfuric acid, H,SO,, is a polyprotic acid that ionizes completely in water to
form HSO, (aq) and H;0%(aq):

H,S04(ag) + HyO()) — H,0%(agq) + HSO4 (aq) complete ionization

Once HSO,(aq) forms, it also acts as an acid, but as a weak acid:

HSO, (aq) + H,0()) == H;0%(ag) + S0,*(aq) K,=12x107
The low K, value for the second ionization shows that the equilibrium lies
toward the reactants; only a small portion of the HSO, (aq) ionizes. A smaller
portion of the HSO, (aq) compared to H,SO, because it is more difficult
to remove a positively ¢ H* ion from a negatively charged HSO,™ ion
than from a neutral H,SO, molecule. An aqueous solution of sulfuric acid, then,
contains essentially no H,SO,(aq), a relatively large amount of HSO, (aq), and
1).
ate the particular step in the overall ion-
6 lists several polyprotic acids and their
ations, the K, values decrease significantly
as H* ions are removed.

TABLE 13.6 | Acid lonization Constants for Some Polyprotic Acids

(at 25°C)
Formula Name K, K,, K3
H,CO; carbonic acid 45x% 107 4.7x10™"
H,;C¢H,0, citric acid 74107 1.7x 107 4.0x 107
H,S hydrosulfuric 8.9x 1078 1.0x 107"
acid
H,C,0, oxalic acid 5.6x 107 1.5% 107
H;PO, phosphoric 6.9x 107 6.2x 107 48 x 1078
acid
H,SO, sulfuric acid strong 1.2%x 1072
H,C,H,04 tartaric acid 1.0x 107 43107
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H,SO4(aq)

FIGURE 13.11 Sulfuric acid, H,SO,,
is a strong polyprotic acid. It ionizes
completely in water to form HSO, (aq)
and Hy;0*(aq). The HSO, (aq)
produced also ionizes, but to a much
lesser extent. In an aqueous solution
of H,S0,, there are essentially no
H,S0, molecules, lots of HSO, (ag)
ions, and a small fraction of SO, (aq)
ions. Can you identify the HSO, (aq)
and SO, (ag) ions in this figure?
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Acidic Neutral Basic
FIGURE 13.20 The juice from a red cabbage can be used as a pH indicator. It exhibits quite a
variety of colors under different pH conditions.

purple)
several

13 6 | BUFFERED SOLUT ONS

Olivia’s job requires her to find out when there is too much acid or base in garden
soil. Because she is considering a career in medicine, she knows what happens when
there is too much acid or base in the human bloodstream. Slight changes in blood pH
can drastically affect the way our bodies function. For biological reactions to occur
normally, blood must stay within the narrow range of pH 7.35 to 7.45. If it rises too
high or falls too low, severe health problems, or

Fortunately our bodies have mechanisms that tant blood
pH. One is the action of acid-base buffers in the d solution
because it resists changes in pH when limited amounts of acid or base are added to it.
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13.6 Buffered Solutions 527

FIGURE 13.19 (A) Various types of
pH paper contain mixtures of
different indicators. They are useful
for determining pH at a wide range of
pH values. (B) Swimming pool test
kits often contain a liquid indicator
that can be used to measure the pH.

Phenolphthalein, like most acid-base
indicators, consists of large organic
molecules. The acid form of phenol-
phthalein is colorless, and the base
form is bright pink. Compare the
structures of the acid and base forms
of phenolphthalein. Can you see that
they are a conjugate acid-base pair?
Do they differ by one H*?

+ HyO —==

Acid, HIn (colorless)

+ H;0*

Base, In~ (pink)

The desired pH of the water in fish
tanks depends on the species of fish
that live there. Many fish are most
healthy in water with a pH of 7.0.
Bromthymol blue indicator is often
used in test kits for fish tanks. What
other indicators shown in Figure
13.18 might help determine if the pH
is 7.0, slightly above 7.0, or slightly
below 7.07
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Acyclic
(open chain)

Unsaturared
(contain multiple bonds)

Saturated: alkanes
(contain only
carbon-carbon single bonds)

Alkenes (contain
carbon-carbon
double bonds)

Alkynes (contain
carbon-carbon
triple bonds)

FIGURE 16.2 Classifica on of the hydrocarbons

An unsaturate
between carbon ato

as HC=CH (ethyne

All of the acyc’
suchasp
such as i ptane:

16.2 Hydrocarbons

Cyclic
(closed chain)

d: cycloalkanes

Unsaturareq . aromatic
ted: cycloalkenes

(delocalizeq bonds)

ible or triple bonds

open chains of carbon atoms,
ond to side chains, or branches,

HaC—CHy

H;C—CH,—CH,—CH—CH,—CH,—CHs

-

We’ll examine the three categories of acyclic hydrocarbons in more detail in

Section 16.3

In contrast to the open chain of an ali-
forms a closed chain or ring of carbon

H,C—CHy
H,C—CH,

629

Cyclobutane, C,Hg, is a colorless gas
that burns with a luminous flame.
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16.3 Acyclic Hydrocarbons 631

TABLE 16.2 | Petroleum Fractions
Fraction Boiling Range (°C) Composition Range Uses
natural gas <20 CH, to C;H, fuel, petrochemicals
petroleum ether 20-60 CsH,,, CeHy4 solvent
ligroin, or naphtha 60-100 Ce¢H,s, C:H g solvent, raw material
gasoline 40-220 C,H,q to Cy3Hag, mostly C¢H 4 to CgHyg  motor fuel
kerosene 175-325 CgH ¢ to CiHyp heating fuel and jet fuel
gas oil >275 C,Hy to CigHsg diesel fuel and heating fuel
lubricating oils and high: viscous liquids > CygHag lubrication
greases
paraffin high: melting point 50-60 C,3Hyg to CogHeo wax products
asphalt or petroleum high: solid residue roofing, paving, fuel, reducing
coke agent

to the intermolecular forces? As the molecules get larger, they have greater surface
area. Their London dispersion forces increase, so they interact more strongly and
their boiling points increase.

{ 16.3 | ACYCLIC HYDROCARBONS

The simplest organic compounds are the open-chain, acyclic hydrocarbons: the
alkanes, alkenes, and alkynes. The chains may be straight or branched. The alkanes
are single-bonded and saturated. The alkenes and alkynes are unsaturated.

Alkanes

An alkane is a saturated hydrocarbon with the general formula C,H,,,,. The alkanes
are obtained either directly from petroleum or indirectly by cracking, which breaks
larger hydrocarbons into smaller ones. When the value of nis 1 through 4, the alkanes
are gases under normal conditions. When n equals 5 through 18, they are liquids;
and when n is greater than 18, they are solids. The melting points and boiling points
increase as the number of carbon atoms increases. The increase results from the
greater surface area and stronger intermolecular forces that accompany the larger
molecular size. A graph of the change in boiling point as the length of the carbon
chain increases is shown in Figure 16.3.

i o

Boiling point (°C)

Number of carbon atoms

Consider some examples of alkanes
that are consistent with the general
formula C,Ha,,o. Ifn=1,2n+2=4,
and we have CH,. If n=3,2n+2=38,
and we have C;Hg (propane).

FIGURE 16.3 The boiling points of
straight-chain alkanes increase as the
number of carbon atoms in the chain
increases. This is due to the increase
in intermolecular forces.
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16.3 Acyclic Hydrocarbons

TABLE 16.3 | Names of Simple Alkanes

Alkane Name Formula (C H,,,,)
methane CH,
ethane C,He
propane C;Hy
butane CiHyo
pentane CsHy,
hexane CsHyy
heptane GHye
octane CSHIR
nonane CoHao
decane CioHa

called branched-chain alkanes and are isomers of the straight-chain compounds.
Thus—unlike the first three alkanes—butane has two different structures, or 1somers.
The first is normal butane (n or just butane); it is an unbranched

carbon atoms. The second is ne, a chain of three carbon atoms w

CH, group inserted at a center carbon:

CHy CHy
H3C—CH—CH3 or H3C—CH_ CH3

633

The number of isomers increases rapidly as the number of s o
increases. Pentane, CsH,,, has three isomers, C,gH,, has 75 isomers, s  Inamolecule containing more than
366,319 isomers. Because of the large number of possible isomers, alkanes are onel(_)fla grguP’ [ireﬁxlcs 1dn.d1cate
named in accordance with a systematic nomenclature established by the Interna- al;t;igi}i_oni:;‘s?tﬁr‘; - means
tional Union of Pure and Applied Chemistry (IUPAC). If c were
would never be able e effi-

JUPAC names given in Table 16.4. Can
hese compounds?

ains? Did you figure out how to

need help with the rules, cons

ane with one branch on the chain.

A kanes with a Single Branch

Name the following compound—known commonly as isopentane—according to

the TUPAC nomenclature rules
CH;

l
H;C—CH—CH;—CHs

Solution:
Step 1: The longest continuous carbon chain has four carbons, so the name
is based on butane.

Step 2: The carbons in this chain umbered from the end closer to a
branch. The only branch occurs at posi
Step 3: The branch occurring at po 2 is CH,, or methyl, named for the

alkane it is derived from, methane.
Step 4: The name is 2-methylbutane.
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16.3 Acyclic Hydrocarbons

If an alkane contains more than one branch, each is named separately and in
alphabetical order. Consider the following molecule:

(|2H3 H,C—CHj
H;C—CH—CH,—CH—CH,—CHj

The longes hexane. A methyl (—CHj3) branch occurs at position 2 and
an ethyl (— nch occurs at position 4. The numbering starts from the left
end of the molecule to give lower numbers to the branch positions. The ethyl
group is named first since it occurs first alphabetically. The molecule is named
4-ethyl exane.

No third and fourth examp
Do these structures represent the same co
to start numbering the chain? Convince yo
sam The IUPAC system ensures that
The amples will help you learn the b

Now try to name another alkane with more
with the rules, consult Section 16.9.

A kanes with Multiple Branches
Name the isomer of C,,Ha that has the following structure:

H,C—CH, H,C—CH,—CH;,
H3C——CH2—$—CH2—CH—CH3

CH;
Solution:
The longest continuou eight carbons, as he highlighted part
of the structure, so the is named as a de octane.
CH;,
3

There are two methyl groups, one at carbon 3 and one at carbon 5, and one ethyl
group at carbon 3. The ethyl group should be named first, because it occurs first
alphabetically. The methyl groups can be named together, using the carbon numbers
to indicate their positions. The full name is thus 3-ethyl-3, 5-dimethyloctane.

Practice Problem 16.4
Name the isomer of C;qHy, that has this structure:
(|3H3 H,C—CH3
H;C— (|3— CH,—CH,—CH—CH;j
CH;

Further Practice: Questions 16.33 and 16.34 at the end of the chapter
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16.3 Acyclic Hydrocarbons 637

EXAMPLE 16.6 ns of Alkanes

Predict the products of the reaction of propane with bromine in the dark at room
temperature.

Solution:
Alkanes do not react with bromine unless subjected to heat, sunlight, or ultravio-
let radiation. Thus, there would be no reaction under the conditions given.

Practice Problem 16.6
Predict the products of the reaction of butane with bromine in sunlight.

Further Practice: Questions 16.37 and 16.38 at the end of the chapter

Alkenes and Alkynes

Maya’s molecule, retinal, contains two types of functional groups: a carbon-carbon
double bond and a —CHO group. Later we’ll look at the properties of the —CHO
group. Here we will be concerned about the effect that double bonds have on the
properties of hydrocarbons. In this section, we consider two such classes of hydro-
carbons: alkenes, containing double bonds, and alkynes, containing triple bonds.

Alkene Structure and Nomenciature  Alkenes contain at least one C=C double
bond, and with just one double bond have the general formula C,H,, They are gen-
erally obtained from petroleum by the cracking of alkanes, using heat and a catalyst.
The simplest such reaction is

heat, catalyst

CH3 _CH3 H2C = CH2 + Hz

The product is named ethene (IUPAC name), or ethylene (common name).

An alkene molecule may also have more than one double bond. For example,
H,C=CH-CH=CH,, with double bonds at carbons 1 and 3, is 1,3-butadiene.
Alkenes can also form polymers, molecules made of many repeating units. Polymers
are used to make a variety of useful items including rubber tires.

Examine the structural formulas and names of some alkenes given in Table
16.5. Try to determine the rules for naming them.

TABLE 16.5 | Formulas and Names of Some Alkenes

Structural Formula Name
H,C=CH, ethene
H,C=CH—CH; propene
H,C=CH—CH,—CH; 1-butene
H3;C—CH,—CH=CH, 1-butene
H3;C—CH=CH—CHj4 2-butene

CH;

| 2-methyl-2-butene
H3;C—C=CH—CH;

CHj
3-methyl-1-butene
H,C=CH—CH—CH;
H;C CH;,

2,3-dimethyl-1-butene
HQC =C—CH— CH3
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Ethene seems to play a part in the
ripening of fruit. so green fruit is
often shipped under an atmosphere
of ethene, so that ripening occurs in
transit.
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16.4 Cyclic Hydrocarbons 641

Practice Problem 16.9
Write an equation to describe the reaction that would occur between 2-butene
and HBr.

Further Practice: Questions 16.47 and 16.48 at the end of the chapter

Reactions of alkynes are similar to the reactions of alkenes just discussed. Both
also undergo combustion reactions. An example is the combustion of acetylene,
C,H,, when it’s used as a fuel in a welding torch:

2H—C=C—H + 30, — 4CO, + 2H,0

[ 16.4 | CYCLIC HYDROCARBONS

Cycloalkanes and Cycloalkenes

Imagine a hydrocarbon chain of single-bonded carbons with a hydrogen atom
removed on each end and the two carbon atoms at the end then bonded together. The
result would be the ring structure of a saturated cyclic hydrocarbon, or cycloalkane,
with the general formula C,H,, The simplest cycloalkane is cyclopropane, C;Hg. It
is a colorless, flammable gas that is explosive in air. It was once used as a general
anesthetic.

CH,
H C/ \CH
’ A 2
J‘
cyclopropane

Many cyclic molecules, especially those in which the rings are small, are
strained because they cannot adopt the normal tetrahedral bond angles (109.5°)
around carbon. Thus, they tend to be somewhat more reactive than the alkanes. The
most common cycloalkanes are the low-boiling liquids cyclopentane, CsH,o, and
cyclohexane, C¢H,,:

CH
CH, N

v HC™ \/CHz Hz(I: sz

H,C CH,

H,C—CH ~cu:” 9
2 2 CH2 @ @
@ ¢
cyclopentane cyclohexane

Cyclopentane is a flammable, colorless liquid that smells like gasoline. Cyclo-
hexane has similar properties and is used as a solvent for lacquers and resins and in
paint removers.

Some alkenes also form ring structures. Molecules containing multiple double
bonds and double bonds in ring structures are common in nature. We saw the

-

199




200



16.4 Cyclic Hydrocarbons 643

BLE 16.6 | Some Formulas and Names of Aromatic Hydrocarbons

Structural Formula Name Structural Formula Name
methylbenzene (or toluene) 1,2-dimethylbenzene
chlorobenzene 1,3-dimethylbenzene
aminobenzene (or aniline) 1,4-dimethylbenzene

CHj
/CH3
0,N NO,

ethylbenzene 2 4 6-trinitrotoluene (TNT)

NO»

1-amino-4-chlorobenzene
(or 4-chloroaniline)

Cl

on the benzene ning: Toluene, C¢HsCH, is a flammable,
colorless liquid that smells like
benzene. It is used as a solvent and
in the manufacture of benzoic acid,
benzaldehyde, dyes, explosives, and
numerous organic compounds.

Examine the names of the aromatic compounds in Table 16.6. Can you come up with
some rules for naming them?

some
ign mes o
16. your
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16.5 Alcohols and Ethers 645

16 5 | ALCOHOLS AND ETHERS
Alcohols

Jennifer’s molecule, menthol, is an example of an alcohol, which is characterized
by the functional group —OH:

HyC._

H,C CH _CHs

~_ .~
CH, \?H

CH;,

Alcohols are useful substances, and some of them are among the top 50 chemi-
cals produced in the United States. Alcohols produced in large amounts include
methanol (CH;0OH), ethylene glycol (HOCH,CH,0OH), isopropanol or 2-propanol
(C4H;0H), and ethanol (C,HsOH).

The —OH group makes alcohols polar, and it can participate in hydrogen-
bonding interactions. As a result, even the lower-molar-mass alcohols are liquids,
while alkanes of similar size are gases. The short-chain alcohols are water soluble,
but solubility decreases as the hydrocarbon portion of the molecule increases in size.
For example, C,;H;OH is only slightly soluble in water, and alcohols containing five
or more carbon atoms are essentially insoluble in water. Alcohols of similar size are
soluble in one another. For example, methanol dissolves in ethanol. Methanol is a
colorless liquid so toxic that breathing its vapors can blind or kill. It is often added
to nonbeverage ethanol, to make it unfit for drinking. Modified ethanol can be sold
for scientific use and as an additive for gasoline without the federal taxes levied on
beverage alcohol. In this role, methanol is called a denaturant, and the modified
ethanol is called denatured alcohol.

Because of the polarity and hydrogen bonding of the alcohols, they have sig-
nificantly higher boiling points than alkanes of comparable mass. For example, the
boiling point of CH;CH,OH is 78.5°C, but that of CH;CH,CHj is —42.1°C. The
alkane molecules are attracted to one another only by London dispersion forces,
while alcohol molecules are attracted to one another by stronger dipole forces and
hydrogen-bonding forces.

Carbohydrates such as glucose and fructose contain multiple alcohol functional

groups:

H2|C—OH

H 0 g HO OH
H \(|;
OH H /| - H HO

HO ¢ OH

| I | I
H OH OH H
glucose fructose

Also notice the presence of an ether functional group, an —O— atom bonded to two
carbon atoms in these simple sugars. Larger sugars such as sucrose and maltose
contain two glucose and/or fructose units connected by ether linkages. Starch and
cellulose are larger polymers of glucose, also connected by ether linkages. Humans

203

Ethylene glycol, or 1,2-ethanediol,
HO-CH,—CH,—OH, is an alcohol
containing two —OH groups. This
colorless liquid is commonly used
as an antifreeze in automobile
radiators.

We’ll discuss carbohydrates in more
detail in Chapter 17.
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16.7 Carboxylic Acids and Esters

Why do these two esters—one a solid and the other a liquid at room temperature—
have different melting points? The answer lies in the structure of the carboxylic
acids from which the esters were derived:

stearic acid

o

linoleic acid

Linoleic acid is bent because of a cis arrangement around a carbon-carbon double
bond. Which of these acids would have the greater intermolecular forces? Recall
the arguments we made for greater intermolecular forces in straight-chain hydro-
carbons than in branched-chain hydrocarbons. Since the straight-chain molecules
can interact to a greater extent than ones with bent shapes, they have greater inter-
molecular forces and, as a result, higher melting points. The same logic applies
here. Linoleic acid has a melting point of —12°C, while stearic acid has a melting
point of 70°C. Thus, the esters derived from them have melting points that differ
in the same way.

The glyceride of linoleic acid is found in the oils of many seeds and veg-
etables. Stearic acid comes from animal fats and oils. Do all solid fats come
from animals, while liquid fats come from vegetables? Generally, yes, but oils
from vegetables can be converted in the laboratory into solids by the process of
hydrogenation, in which hydrogen molecules add across the double bonds in the
presence of an appropriate catalyst. This is how margarine is made.

Hydrogenation: C;H5(C,;H;,CO,); + 6H, — C;H;(C,,H;35CO5);

unsaturated (oil) saturated (solid)
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16.9 Organic Nomenclature 653

16 9 | ORGA CNO E CL RE

Organic nomenclature helps us communicate structures without drawing a complete
structural formula. Although many names are in common use, the [IUPAC system is
the standard system used worldwide. Once you learn the basics of the TUPAC system,
you can easily name a variety of organic compounds with various functional groups.

Alkanes

To use [UPAC nomenclature, start with the names of the alkyl groups derived from the
alkanes by removal of one hydrogen atom, with a general formula C,Hy,,;. The names
of the alkyl groups are similar to those of the alkanes given in Table 16.2, except that
the —ane ending is replaced by —yl. Thus, —CH, is methyl and —C,Hs is ethyl.

A few rules allow us to achieve consistent nomenclature for the alkanes.

1. Determine the longest continuous carbon chain in the hydrocarbon. The name
of this alkane constitutes the parent name.

2 Number the carbon atoms in the parent hydrocarbon from the end nearer a
branch, so that branch will have the lowest possible position number.

3. Branches attached to the parent chain are named as alkyl groups.

4. The name consists of the position number, a hyphen, the branch name, and the
straight-chain name. If there is more than one branch, name them in alphabetical
order. If the branches are the same alkyl group, precede the name with a prefix
(di—, tri—, etc.) indicating the total number of that alkyl group in the molecule,
and separate the position numbers with commas.

The cycloalkanes are named in the same way as the straight-chain alkanes, but with
the prefix cyclo—. Thus, C¢H,, in which six carbons are bonded in a ring, is named
cyclohexane.

Alkenes and Alkynes

The names of the alkenes use the alkane root, with the ending —ene replacing the
—_ane ending. If a double bond has more than one possible position, a number indi-
cates its location. The carbon atoms are numbered from the end nearer the double
bond. For the following compound, the carbon chain is numbered from left to right,
which places the C=C bond between carbon atoms 1 and 2:

12 3 4

H,C=CH—-CH,—CHj,4
This molecule has four carbon atoms, so it is derived from butane. It has a double
bond, so the —ane ending is replaced by —ene, giving it the name butene. The posi-
tion of the double bond is designated by the lowest-numbered carbon involved in
that bond, so this molecule is 1-butene. Similarly the molecule CH;—CH=CH—CH;
is named 2-butene.

The names for side chains on an alkene follow the rules for naming alky!
groups. Side chain names have the —yl ending, and a number designates the position
of attachment. Again, numbering starts at the end nearest the double bond.

A molecule may have more than one double bond. In such a case, an appropriate
prefix (such as di-) is placed just before the —ene ending to indicate the number of
double bonds. For example, H,C=CH—CH=CH, i iene.

Alkynes are named the same as alkenes, but us instead of an
—ene ending.
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If the double bond is closest to the
right side of the molecule, as written,
then we start counting from that end
of the molecule:

2 1

4 3 2
H,C—CH,—CH=CH,

Some alkenes, such as
CH,—CH=CH—CHj, have
geometric isomers. This molecule
would be named cis-2-butene or
trans-2-butene.
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16.8

16.9

16.10

16.11

16.12

16.13

From the ball-and-stick model, determine the molecular
formula and draw the structural formula and the line
structure for this molecule.

Write molecular formulas for each of the following.
O

(a) (d)

Write molecular formulas for each of the following.
O

o (J oy o

Draw line structures for each of the following.
(a) CH;(CH,)sCH,
(b) CH,;CH,COCH,CHj,
(c) (CH;),CHCH,CH,CHCH,
(d) CH5(CH,)sCHO
(e) (CHy),C
Draw line structures for each of the following.
(a) CH3(CH,)sCH;
(b) CH,;CH,CH,COCH,CH;
(c) CH,CH,CHCHCH(CHj,),
(d) CH3(CH,)sCO,H
(e) (CH;),CH
Write structural formulas and draw the line structures for
each of the following.

(b) Jb

Questions and Problems 657

16.14 Write structural formulas and draw the line structures for
each of the following.

(®)

(©

16.15 Draw a perspective drawing for the following molecules.
(a) CH,
(b) CH,;CH;
(c) CH,CICH,Cl1

16.16 Draw a perspective drawing for the following molecules.
(a) CH,Cl1
(b) CC1;,CH;4
(c) CH,CHCI,

Hydrocarhons

16.17 Distinguish between alkanes, alkenes, and alkynes.

16.18 Write line structures for an alkane, an alkene, and an
alkyne, each of which contains four carbon atoms.

16.19 Label each of the following molecules as saturated or
unsaturated.

(@) AN
(b) C4Hs
(c) CH;CHCHCH,CH;4
16.20 Label each of the following molecules as saturated or
unsaturated.
(a) CH,CH,CHCH,
(b) C;Hq

(©
16.21 What distinguishes an aromatic hydrocarbon from other
hydrocarbons?
16.22 What feature is common to all aromatic hydrocarbons?

Acyclic Hydrocarbons

16.23  Explain the difference in boiling points of the two
molecules represented by the following line structures.

~ A

-0.5°C -11.6°C
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16.47 Complete the following reactions.
(a) CH;CH=CHCH, + HBr ——>
(b) CH,CH,CH=CHCH; + Br, —>

+H, SLLIN
©
16.48 Complete the following reactions.
(a) CH;CH,CH=CHCH,CH; + HBr ——
(b) CH,=CHCH,CH, + Br, —>
+H, SN

©

Cyclic Hydrocarbons
16.49  What feature is common to all aromatic hydrocarbons?

16.50 Which of the following are aromatic?
(a) CH,=CHCH=CH,

(b)

(©)

16.51 Name the following compounds.
Br

Br
Cl

(@ (b)
16.52 Name the following compounds.

NH,

OH

@ (b)
16.53  Write structural formulas for the following compounds.
(a) 1,2,4-trimethylbenzene
(b) chlorobenzene
16.54  Write structural formulas for the following compounds.
(a) 2,5-dichloro-1-ethylbenzene
(b) 2-ethyl-1,3-dimethylbenzene

16.55 Write an equation for the reaction of benzene, C¢Hg, with

chlorine, Cl,, in the presence of an FeCl, catalyst.

16.56  Write an equation for the reaction of benzene, C¢Hg,
with chloromethane, CH,Cl, in the presence of an AICl;
catalyst.

Questions and Problems 659

Alcohols and Ethers

16.57 Which of the following compounds are alcohols?
(a) CH;0CH,4
(b) CH,CH,0H
(c) CH;CH(OH)CHj,4
(d) CH;COCH,
(e) CH,;CH,CHO
16.58  Which of the following compounds are alcohols?
(a) CH;CHO
(b) (CH,),C(OH)CH,
(c) CH;CH,COCH;
(d) CH,CH,0CH,CH,4
(e) CH;CH,CH,CH,0H
16.59  An alcohol has the formula C;H;OH. How many isomers
can exist for this alcohol?
16.60  An alcohol has the formula CsH;,OH. How many isomers
can exist for this alcohol?
16.61 Name the following compounds using the TUPAC system.
(a) (CH,),CHCH,OH
(b) CH,CH(OH)CH,CH,
16.62 Name the following alcohols using the TUPAC system.
(a) CH;CH,CH(OH)CH,CH,
(b) (CH;),CHCH,CH,CH,0H
16.63  Write line structures for the following compounds.
(a) 3-hexanol
(b) 2,2-dimethyl-3-pentanol
16.64 Write line structures for the following compounds.
(a) 2-pentanol
(b) 3-ethyl-2-hexanol
16.65 Explain why CH;CH,OH has a boiling point of 78°C, but
CH,CH,CHj has a boiling point of —42°C.
16.66 Explain why CH;CH,CHj is insoluble in water, but
CH,CH,OH is soluble.
16.67 What is an ether?
16.68 How do ethers differ from alcohols?

16.69  Which of the following compounds are ethers?
(a) CH;0CH,
(b) CH;CH,0H
(c) CH,CH(OH)CH;
(d) CH;COCH;
(e) CH,CH,CHO
16.70  Which of the following compounds are ethers?
(a) CH;CHO
(b) (CH,),C(OH)CH,
(c) CH,CH,COCH,
(d) CH;CH,0CH,CH,
(e) CH,CH,CH,CH,0H
16.71 Name the following compounds.
(a) CH;CH,—0O—CH,CH,CH;
(b) CH;—0O—CH;,
16.72 Name the following compounds.
(a) CH,CH,—0O—CH,CH,
(b) CH;CH,—0O—CH;
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