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Preface

Welcome to Homework Helpers: Chemistry!

Warning! Studying chemistry will change you! More specifically, it will
change the way that you look at the world around you. A person who learns
chemistry often begins to see things that others don’t see, because he or
she comes to understand and appreciate the interactions of the invisible
atoms that make up the world around us. As you learn chemistry, try to
make connections between the course material and the real world. You
may start to find yourself imagining air molecules being displaced as you
watch a leaf fall from a tree. You may be thinking about the forces exerted
by the molecules of water as you make iced tea. Watching a stick burning in
a fire might call to mind the laws of conservation of mass and energy. Don’t
be afraid of such changes; they are signs that you are growing and that your
view of the world is becoming more sophisticated.

Science is concerned with studying the laws of nature. Chemistry is the
science that involves the study of atoms, the building blocks of matter. It is
concerned with how these atoms interact with each other in chemical reac-
tions, to produce new substances. Chemists study the structure of matter
and try to make connections between the structure and the properties of
substances. Studying the characteristics of the elements and compounds
that are found in nature has allowed chemists to create other substances
with desirable properties, some of which make our lives longer and easier.

Chemistry is a rich, vibrant, and diverse subject, and you can’t learn it
all in one course, one year, or even one lifetime. Just the history of chemis-
try alone contains countless fascinating stories, about characters such as
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John Dalton, J.J. Thomson, and Antoine Lavoisier. The only limit to how
much you can learn is how much time and effort you put into the subject. In
reality, there is enough material to keep you interested and engaged for a
lifetime.

Learning chemistry, as is the case with all learning, is all about attitude.
Don’t resent the people who are trying to help you learn, and don’t resist
the learning process. Many people struggle with a subject when they are
young but find that as they mature they come to enjoy it. If all students
could develop a love of learning at an early age, both teaching and learn-
ing would be much easier, and review books such as this one might become
obsolete.

Homework Helpers: Chemistry has been written with the student in mind.
With this book, we hope to simulate the feel of one-on-one tutoring ses-
sions with a teacher. Throughout this book you will find tables and images
that illustrate important points in the text. Numerous review questions have
also been provided, and each question has an answer and explanation.

I hope to make learning chemistry easier, by providing clear explana-
tions of the topics that students struggle with, including the many types of
calculations they will encounter. Numerous practice questions have been
provided, and they all come with answers and explanations to help the stu-
dent become more familiar with the material and more confident about
the subject.

The book can be used to supplement a chemistry course textbook or as
a review book for a standardized test, such as the SAT II in chemistry. It
can serve as a stand-alone text for anyone who wants to review some of the
chemistry that he or she might have forgotten over the years. The book can
be read from cover to cover or used as a reference to review only specific
types of problems, such as molarity or gas equations. I hope you enjoy the
book and, more importantly, the subject of chemistry.



D

An Introduction to Chemistry:
The Science of Chemistry

Lesson 1-1: Classification of Matter

When a person is confronted with a large number of objects or ideas, it
is only natural to want to classify and organize them into groups. The ad-
vantage of grouping items is that you will end up with a smaller number of
groups than objects. In your day-to-day life, you may group baseball cards
according to teams or positions. You may organize your books according
to titles or authors. At the very least, you probably have a sock drawer. Do
you organize your clothes into drawers, according to the type of item? This
allows you to remember where you keep your shirts, rather than memoriz-
ing where a specific shirt may have been placed.

A good classification scheme will allow you to memorize the charac-
teristics of the groups, which you can then apply to all of the objects in the
groups. In other words, rather than memorizing the characteristics of mil-
lions of organisms, a biologist will memorize the characteristics of the dif-
ferent kingdoms. If an organism is known to belong to a certain kingdom,
then the biologist will know some of the characteristics of the organism,
based on the known characteristics of the kingdom.

It is important to realize that these classification schemes are man-
made, which means that we make up the categories and classes. The classi-
fication schemes can change, if someone comes up with a system that
scientists like better than the present system. The present classification
scheme for chemistry will probably seem very simple and elegant to you,
especially if you have recently studied the classification system of biology.

As you can see from the graphic on page 14, all matter can be divided
up into four main categories. Of course, there are other ways to classify
matter, but this system is the one that seems to be generally recognized

( 13
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Matter
Anything that has
both mass and
volume.
Ex. Sodium chloride,
oxygen
Substance Mixture
Matter with constant Matter with variable
composition. All composition. Made
particles have the from two or more
same properties. substances.
Ex. Water, helium Ex. Sand, soil
/\ /\
Element Compound Homogeneous Heterogeneous
A substance made up A substance made Mixture Mixture

of atoms with the
same atomic number.

Ex. Lead, sodium

from two or more
elements, chemically
combined.
Ex. Carbon dioxide

A mixture made up
of particles that are

uniformly distributed.

Ex. Salt water

A mixture made up of

particles that are not

uniformly distributed.
Ex. Raisin bran

right now. Although the diagram is concise, it may not be completely clear
unless I explain the categories in more detail. Once you understand the
categories, the chart should be all that you need to review.

Matter is anything that is made up of atoms, and because all atoms have
mass and volume, so does all matter. Even colorless gases, which you can’t
see, contain atoms that have both mass and volume. If you doubt that invis-
ible air has volume, blow up a balloon and see how much space the air takes
up. All objects that you encounter in your day are examples of matter.

A substance is a type of matter that has a consistent composition. What
I mean is that no matter where you find a specific substance, its composi-
tion will be the same. In other words, a molecule of water from India has
the same composition as a molecule of water from Canada. There is no
real variation in the composition of a substance (except, perhaps, on the
subatomic level, as you will learn when we discuss isotopes). There are two
major types of substances: elements and compounds.

Elements are substances that are made up of only one type of atom. By
“type of atom,” I mean that all of the atoms in this type of substance have
the same atomic number, which is the number of protons. For example,
all samples of pure oxygen (O,) are only made up of atoms of oxygen,
with 8 protons in their nuclei. So oxygen is a substance, because it has a
consistent composition (it is the same, wherever you find it) and it is an
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element because it is only made up of one type of atom (atoms with 8 pro-
tons). Other common examples of elements include hydrogen (H,), carbon
(C), gold (Au), iron (Fe), and copper (Cu).

Have you ever noticed that when oxygen is written in a chemical equa-
tion, say the formula for photosynthesis that you studied in biology, it is
written with a small subscript “2” (O,)? The reason for this subscript is that
oxygen is a diatomic element. Most of the elements exist as monatomic forms,
which means that the smallest individual complete parts of these samples
of pure elements are single atoms. Seven of the known elements are called
diatomic elements, because they are found in nature in their elemental form
as two-atom molecules. Examination of a sample of pure chlorine, for ex-
ample, would reveal two-atom molecules of the element. For this reason,
when chlorine (Cl)) is represented in a chemical equation as a pure ele-
ment, it is also given the subscript “2.” The seven diatomic elements are
chlorine (Cl,), fluorine (F,), bromine (Br,), iodine (L), hydrogen (H,), oxy-
gen (O,), and nitrogen(N,).

One important characteristic of el- @Ompaﬂ}lg a Monatomjc and a)
ements is that they cannot be broken Diatomic Element

down by ordinary chemical means.
Chemical reactions can break more o m

complex substances down into ele- Anatom of a A molecule of

ments, but elements can only be bro- monatomic a diatomic
ken down further by nuclear reactions. element, such  element, such
As of this writing, there are presently . ® Ca. as O, )

around 110+ known elements. I am
being somewhat vague on purpose
here, because the number of known elements changes over time, and some
of the “man-made” elements are awaiting confirmation. A branch of nuclear
chemistry deals with trying to produce atoms of undiscovered elements,
and many of these heavier elements are made to “exist” for fractions of a
second, until they break apart into smaller parts. All of the known ele-
ments, whether natural or man-made, are represented on the Periodic Table
of Elements, where they are organized into similar groups.

Figure 1-1a

Compounds are substances that are made up of two or more elements
chemically combined. The key to this definition is that the elements must
be chemically combined. If you physically mix together two elements, let’s
say iron and copper, you get a mixture, which can be physically separated.
Compounds are formed by chemical reactions, where the individual ele-
ments lose their individual properties and take on the new properties of
the compound that is formed.
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One clear example of this can be found on your kitchen table. Elemen-
tal chlorine is a yellowish-green poisonous gas that was used as a weapon
in World War 1. Elemental sodium is a highly reactive metal, which will
react violently with water, often with explosive results. When these two
potential deadly elements are combined in a chemical reaction, you get
sodium chloride or table salt, which you can put on your French fries and
safely eat. You see, elements that combine chemically to form a compound
lose their individual properties in the chemical reaction. The new substance
will have its own unique properties. See the reaction that follows.

Sodium and chlorine are elements, and they react to form sodium chlo-
ride, which is a compound. The reaction in Figure 1-1b shows that two
parts of the monatomic element so-

4 7\ dium will react with one part of the di-
atomic element chlorine to form two
o . parts of sodium chloride. Notice that
o 8 9 9 diatomic chlorine is represented as CL,,
whereas monatomic sodium is repre-

Two atoms of monatomic sodium | = sented as Na, without a subscript. Chlo-

2Na + Cl, > 2NaCl |

react with one molecule of rine does not get a subscript when it is
diatomic chlorine to form two part of the compound, NaCl, because
formula units of sodium chloride. h . g
\_ ") when we say that an element is di-

atomic, we mean in its elemental form.

You can also look at Figure 1-1b
and realize that, unlike elements, compounds can be decomposed into sim-
pler substances by ordinary chemical means. Following this paragraph is
the reverse reaction for the decomposition of the compound sodium chlo-
ride into its constituent elements, sodium and chlorine.

2NaCl > 2Na + Cl,

sodium chloride yields sodium + chlorine

Do you know what the subscript “(s)” and “(g)” represent in the equa-
tion? They indicate the phase in which the substance in question is found
in. The sodium and the sodium chloride are found in a solid phase, as rep-
resented by the “(s)” subscript. The chlorine is followed by a “(g),” be-
cause it is found in a gas phase. If any of the substances were found in the
liquid phase, they would be followed by a subscript “(1).”

Other examples of compounds, which are chemical combinations of
two or more elements, include water (H,0), carbon dioxide (CO,), and
glucose (C.H,,0,). Compounds that are only made up of two elements,

Figure 1-1b
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such as water (H,0O) and carbon dioxide (CO,), are called binary compounds.
Compounds that contain three elements, such as glucose (CH,,0,), are
called ternary compounds.

Whereas a compound is made from the chemical combination of two
or more substances, a mixture is made from two or more substances that
are physically combined. You don’t need a chemical reaction to make a
mixture, nor do you need one to separate a mixture. If you had a handful of
copper coins and a handful of silver coins, and you mixed them together in
a purse, you would have a mixture. Notice that, unlike in the example of
compounds, the substances that make up a mixture do not lose their indi-
vidual properties. The copper coins don’t stop being copper coins just be-
cause they are physically combined with silver ones.

There are many different types of mixtures, but they all have these
common characteristics: They represent physical combinations of two or
more substances. The individual substances in a mixture do not lose their
original properties, and the substances in a mixture can be separated by
physical means. Another characteristic that all mixtures share is that their
composition is variable. By this [ mean that the substances that are found in
the mixture can be mixed in with varying proportions or concentrations. If
you mixed in five silver coins and three copper coins, or four silver coins and
seven copper coins, you still end up with a mixture of copper and silver coins.

Heterogeneous mixtures are mixtures that do not have a consistent, or
uniform, composition throughout the entire sample. A good example of
this would be chicken soup. When you make chicken soup, the denser ma-
terials will sink to the bottom. If you scoop out soup to fill two bowls, it will
make a difference from which area of the pot you take from. If you take a
scoop from near the surface of the pot you will end up with mostly broth
and the less dense items that float, such as pasta. If you take from the bot-
tom of the pot, you will end up with more of the dense items, such as chicken
and carrots. No two samples taken from the same pot will be all that simi-
lar, because this type of mixture is not uniform. Other examples of hetero-
geneous mixtures include a bowl of mixed nuts, a handful of sand, a
chocolate chip cookie, and a scoop of rocky road ice cream.

Unlike heterogeneous mixtures, homogeneous mixtures do have a uni-
form composition. By this I mean that the composition of an entire sample
is consistent. If you were to take one scoop out of one area of a homog-
enous mixture and a second scoop out of a different area of the same sample,
the composition of each scoop would be essentially the same.
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Homogeneous mixtures are also called solutions, and the uniformity
found in samples of homogeneous mixtures can be illustrated by a glass of
salt water. If you dissolve a spoonful of salt in a glass of water, the salt
becomes uniformly dispersed in the water. By the time the salt is fully dis-
solved, the concentration of the salt solution will be the same in each area
of the sample. It is not as if the top of the glass will contain only pure water
and the bottom of the glass will have really salty water; rather, the distribu-
tion of the salt will be uniform. Other common examples of solutions (ho-
mogeneous mixtures) would include metal alloys (such as bronze), the
mixture of gases that we breathe, carbonated water, and mixtures of water
and alcohol.

There is another important symbol that is used in chemistry that will
help you to recognize solutions. When a substance such as salt is dissolved
in water, its chemical formula will be followed by the subscript “(aq),” which
stands for aqueous. An aqueous substance is one that is dissolved in water
(in other words, a solution). You need to get in the habit of paying atten-
tion to the symbols, so that you can differentiate between the symbolic rep-
resentations of substances.

NaCl — This formula represents a single substance,
the compound NaCl in its solid form.

NaCl o This formula represents a homogeneous
mixture of NaCl and water.

Another important way that mixtures can be differentiated from com-
pounds is that the actual composition of a mixture is not a fixed thing, al-
though the ratio by which elements combine in a compound is always the
same. For example, water is always made from two atoms of hydrogen and
one atom of oxygen; yet there are many ways to make a solution of salt
water. If you add a tiny amount of salt to water, you get a salt-water solu-
tion; if you add much more salt, you still have a salt-water solution. Mix-
tures come in varying concentrations.

If you drink coffee, you know the difference between a “strong” cup of
coffee and a “weak” cup of coffee. If you don’t drink coffee, I am sure you
can recall having a glass of “weak” iced tea, or some other powdered drink
mix. When we talk about the “strength” of one of these drinks, we are really
talking about the concentration of a solution. We will be learning more about
concentration later on, but for now you should remember that you could
vary the concentration of a mixture but not of a compound.
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Try the following practice questions and check your answers at the end
of the chapter, before moving on to the next lesson.

(Lesson 1-1 Review )
1. A substance that is made up of only one type of atom is called
a(n)
2. Two or more substances physically combined form
a(n)
3. Two or more substances chemically combined are called
a(n)

4. Sand is a good example of a(n) mixture.

5. elements, such as oxygen (O,), are found in nature
in their elemental form as two-atom molecules.

6. Which of the following substances cannot be broken down by
ordinary chemical reactions?

a) water ¢) carbon dioxide
b) gold d) glucose

7. Which of the following substances does not possess uniform
composition?

a) pure water  b) salt water  c¢) helium gas  d) salad

8. Which of the following is made up of only one type of atom?

a) NO b) He c) CO d) MgS
9. Which of the following represents a mixture?

a) NaCl b) NaCl ¢) NaCl d) NaCl,,,
10. Which of the following shows a ternary compound?

a) CO b) NaCl c) NH, d) NaNO,

Lesson 1-2: Phases of Matter

All of the matter that we encounter in our normal day is found in one of
the three phases: solid, liquid, or gas. Have you ever stopped to think about
the difference between these forms of matter? Why are some substances
solid at room temperature whereas others are liquids or gases? Why do gases
spread out and escape from containers that are able to hold solids and lig-
uids? We will explore the difference between the phases in this lesson.
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Most of the elements on the Periodic Table of Elements exist as solids
at standard temperature and pressure. Much of the matter that you en-
counter on a daily basis is also found in the solid phase. Probably the two
most interesting things about solids are that they are mostly made up of
empty space and that even their molecules are in constant motion.

Solids aren’t really solid? They are mostly empty space? When we dis-
cuss the structure of an atom in Chapter 3 you will learn that the size of the
nucleus is actually very tiny compared to the size of the atom. The space
that an atom effectively occupies really has to do with the fact that the
electrons are moving very quickly and that the repulsive forces between
electrons of different atoms keep them a certain distance apart. If you could
strip the electrons off an atom and neutralize the charge of the nucleus,
the atom would occupy only a fraction of its original size. To picture the
size change, if the original size of the atom was about the size of a baseball
stadium, the altered atom would be about the size of a marble. Just think:
The “solid” floor that you stand on is almost completely empty space!

Did you know that the molecules of a solid are in constant motion? We
tend to think of solids as static, but the truth is that they are made up of
particles that are moving. In a solid, the motion of these molecules is re-
stricted to mainly vibrational motion, meaning that each particle stays in
the same position relative to each other, but they are still vibrating in place.
What we call “temperature” is a measure of the average kinetic energy of
the particles of a substance, so if the temperature of an object is above zero
on the Kelvin scale, neither the mass, nor the average velocity of its par-
ticles, could be zero.

The limitations on the motion of the particles of solids account for the
fact that they are said to have definite shape and definite volume. By defi-
nite shape, we mean that they do not take the shape of a container, the way
that gases and liquids will. By definite volume, we mean that they do not
expand or contract to occupy the entire container. This does not mean,
however, that the volume of a solid is a constant. Solids do expand and
contract in response to temperature changes. That is why, when you look
up the density of a solid, it will always indicate the temperature at which
the value for density is listed.

Another interesting thing about solids is that all true solids have what
is called crystalline structure. By this, we mean that their particles are ar-
ranged in a three-dimensional, orderly pattern. Some things that most
people think of as true solids, such as glass, are not considered true solids
to chemists, because they don’t possess this crystalline structure.
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Solids will undergo phase changes when they encounter energy changes.
Fusion, commonly called melting, is the process by which a solid becomes a
liquid. Solidification, or freezing, is the process by which a liquid becomes a
solid. Sublimation is an unusual process by which a solid goes directly to the
gas phase, without turning to a liquid first. Sublimation is seen in substances
such as carbon dioxide, which have relatively high vapor pressure and rela-
tively low intermolecular forces. Deposition, the opposite of sublimation, is
when a gas vapor goes directly into the solid phase without becoming a
liquid first.

Very few of the elements listed on the Periodic Table of Elements exist
as liquids at standard temperature and pressure. On the other hand, ap-
proximately three-fourths of our planet is covered with the liquid known as
water, so you should be very familiar with the properties of liquids. Unlike
solids, liquids do not have definite shape. If you pour a liquid from a cylin-
drical bottle into a square container, it changes shape to match the con-
tainer. This is possible because the motion of the individual particles within
the liquid is much less restricted than in a solid. The particles are not locked
into fixed positions, and they push past each other, allowing the liquid sample
to flow. Some liquids, such as water, flow readily, whereas other liquids,
such as molasses, are said to be viscous and flow slowly. The viscosity of a
liquid is its relative resistance to flow. Regardless of how fluid a liquid is,
the space that a liquid occupies is more fixed, and it will not expand to
occupy an entire vessel the way a gas will.

When you change the temperature and/or the pressure of a liquid, you
get phase changes to occur. Vaporization, or boiling, is the process by which
a liquid becomes a gas. The temperature and pressure at which a substance
undergoes vaporization depend upon the intermolecular forces between
its particles. When a substance such as gasoline evaporates at a relatively
low temperature, it is an indication that the forces between its molecules
are not as strong as those between water molecules. Vaporization takes
place when the vapor pressure of the liquid is equal to the pressure of the
atmosphere on its surface. Condensation is the process by which gas be-
comes a liquid. We see condensation form on the outside of a cold glass, as
water vapor in the air turns into a liquid.

An interesting question to explore at this point involves another pro-
cess that you are familiar with, called evaporation. Evaporation is when the
liquid on the surface of a sample changes to the gas phase. If the normal
boiling point of water is 100 °C or 373 K, how is it possible for water to
evaporate at room temperature? The answer to this question can be found
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in the definition of temperature. Remember that we define temperature
as the average kinetic energy of the particles of a substance. Even in a sample
of water with a temperature of 22 °C, there are some molecules of water
with exceptionally high kinetic energy, just as you can score a 100% on
your chemistry examination even if the class average is only 70%. When a
molecule of water that is close to the surface gains enough individual ki-
netic energy to escape the molecular attraction of its neighbors, it can en-
ter the gas phase, even when the temperature of the sample is below the
boiling point.

Can you see why having sweat or other water evaporate off the surface
of your skin can cool you off? What would happen to the average grade in
your chemistry class if your teacher removed all of the “A” grades from the
average? The class average, deprived of the highest grades, would go down.
What happens to the sample of water, when the molecules with the highest
temperature escape as gas? The average temperature of the sample, de-
prived of the “hottest” molecules, goes down, leaving you feeling cooler.

Gases have no definite shape and no definite volume. They will expand
to fill the container that they are made to occupy. Ten molecules of a gas
can occupy as much space as ten million molecules of a gas, as they move
freely around a container at relatively high speeds. The intermolecular
forces of attraction between molecules in the gas phase are so weak that
the particles are allowed to travel quite far away from each other. Gases
differ significantly from the other phases of matter in that, the particles of
a gas are often separated by very great distances. You already know that
most of an atom is made up of empty space. So, too, most of a gas sample is
made up of empty space, to the point that the size of a gas sample typically
has little to do with the size of the actual particles.

For example, if you look at a party balloon filled with helium, the ac-
tual helium atoms would occupy a very tiny fraction of that space if you
could get them to stop moving around. The balloon is really held open by
the pressure exerted by the helium atoms, as they crash into the walls of
the balloon at high speed. You can get a better understanding of this by
leaving a balloon in a freezer for a few hours. You will notice that the size
of the balloon decreases significantly, not because the atoms in the balloon
shrink or escape, but because the atoms of helium have lost some of their
kinetic energy and are not exerting as much pressure on the inside of the
balloon. As the balloon returns to room temperature, its volume will in-
crease, as the atoms of helium gain kinetic energy from the room.
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If you take the same balloon and hold it under hot water for a period
of time, the balloon’s volume will increase. This happens because, as the
helium atoms gain kinetic energy, they crash into the walls of the balloon
faster, exerting more pressure on the inside of the balloon and causing it to
expand. (You will learn much more about gases in Chapter 8.)

As you continue to learn more about chemistry, pay attention to the
phase of each of the substances around you. Now, try the following review
questions and check your answers at the end of the chapter before moving
on to the next lesson.

(Lesson 1-2 Review )

is the process by which a gas becomes a liquid.

is the process by which a liquid becomes a gas.

The of a liquid is its resistance to flow.

1
2
3. The normal boiling point of water is
4
5

is the process by which a solid turns directly to a

gas.

6. have definite shape and definite volume.

7. is the process by which a solid turns to a liquid.

8. is the process by which a gas turns directly to a
solid.

0. is the process by which a liquid becomes a solid.

10. True solids are said to possess structure.

Lesson 1-3: Chemical and Physical Properties

With more than one hundred known elements and millions of com-
pounds in the universe, how do we distinguish between all of the kinds of
matter out there? We can identify substances according to their chemical
and physical properties. Given just two samples, you could probably tell
the difference between a piece of gold and a piece of copper from their
colors, which is an example of a physical property. Pyrite, however, is a
mineral that looks so much like gold that it has been called “fool’s gold.”
To distinguish between pyrite and the real thing requires knowledge of
more properties.
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Physical properties are the characteristics of a material that can be ob-
served without carrying out a chemical reaction on it. Some physical prop-
erties are easy to observe, such as color, size, texture, and shine. Other
physical properties may have to be measured or even calculated, such as
mass and density. Still other physical properties can’t be observed unless
you physically change the substance. Malleability is a physical property of
metals that allows them to be hammered into thin sheets, such as alumi-
num foil. In order to see if a particular substance were malleable, you would
need to try to flatten it out.

Chemical properties are properties that can’t readily be observed. In
order to see if an unknown substance has a particular chemical property it
is necessary to try to carry out a chemical reaction on it, which will, of course,
produce a new substance. How something reacts to acid, for example, would
be a chemical property. To see if a particular metal reacts with a particular
acid, you would need to try the reaction. You would pour some acid on the
metal and look for evidence of a chemical reaction. By the time that you
are done testing the metal, it has combined with part of the acid to make a
salt. That is the defining characteristic of a chemical property: In order to
observe one you must carry out a chemical reaction and produce a differ-
ent substance.

Examples of Physical and Chemical Properties

Physical Properties Chemical Properties
Color, texture, density, freezing Flammability, reactivity with acid,
point, electrical conductivity, reactivity with oxygen, ability to
luster, hardness, mass, weight. decompose into specific elements.

Another useful way to characterize properties is according to whether
or not the size of the sample will affect the property.

Intensive properties are not affected by the size of the sample. Picture a
piece of pure copper. It doesn’t matter how big the piece of copper is; it will
still have that distinctive orange-brown copper color. It will still be a good
conductor of electricity. It will still have the ability to be flattened into a thin
sheet. It will have a certain density for a given temperature. Color, electrical
conductivity, malleability, and density are all intensive properties.

Extensive properties are characteristics that depend on the size of the
sample in question. Picture two lumps of gold, one much larger than the
other. In some ways, the samples of gold are both the same. For example,
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they have the same color and shine. These, then, are intensive properties.
The ways that the two samples differ would be extensive properties. For ex-
ample, they would have different sizes and different masses. Mass and vol-
ume, which do depend on the size of the sample, are extensive properties.

Examples of Intensive and Extensive Properties
Intensive Properties Extensive Properties

Density, freezing point, malleability, Mass, volume, weight, length.
ductility, electrical conductivity.

Try the following practice questions and check your answers at the end
of the chapter before moving on to the next lesson.

(Lesson 1-3 Review )

1. properties depend upon the size of the sample.

2. is a property of metals which allows them to be
hammered into thin sheets.

3. properties can only be observed by carrying out a
chemical reaction.

4. properties don’t depend on the size of the sample.

5. properties can be observed without carrying out a

chemical reaction.

6. Which of the following is not an example of an extensive property?

a) density b) mass ¢) volume d) weight

7. Which of the following is not an example of a physical property?
a) color ¢) freezing point
b) flammability d) luster

8. Which of the following is an example of an extensive property?
a) length b) melting point c) malleability d) ductility

9. Which of the following is not an example of an intensive property?
a) length b) color c) density d) luster

10. How do intensive properties differ from extensive properties?
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Lesson 1-4: Chemical and Physical Changes

Matter can undergo many types of changes. In nuclear changes, atoms
can be split apart or fused together with other atoms, and thus transformed
into other elements. (We will learn more about these types of nuclear
changes in Lesson 6-5.) As you study chemistry, you are more likely to
observe matter undergoing various chemical and physical changes. The Law
of Conservation of Mass states that matter cannot be created or destroyed;
it can only change form. This law, as it is stated here, does not apply to
nuclear changes, yet it holds true with regard to physical and chemical
changes. It means that if you start off with 10.0 g of matter before a physi-
cal or chemical reaction, you will end up with 10.0 g of matter. These changes
don’t create or destroy atoms; they only change how the atoms are con-
nected to each other. Even if we burn a piece of wood in a fire, we are not
destroying atoms; we are just breaking bonds between atoms and forming
new ones.

Physical changes are changes that do not result in the production of a
new substance. If I break a glass beaker, I won’t be able to use it anymore,
but the material does not change into a new element or compound. If 1
crumple up a ball of aluminum foil, I have changed its shape and size, but I
still have aluminum foil. Even a significant physical change, such as grind-
ing a piece of wood into sawdust, is not a chemical change, because it does
not result in the production of a new substance.

The “change-of-phase operations,” discussed in Lesson 1-2, are very
common physical changes. Imagine a beautiful ice sculpture in the shape
of a swan, on a table at an outdoor party. The sculpture is made up of
frozen water, which can be indicated with the notation HZO(S), where the
subscript “s” stands for “solid.” As the day wears on and the ice sculpture
continues to absorb heat from its surroundings, much of the ice will melt,
producing a puddle of liquid water, H,O, . Now, the liquid water will con-
tinue to absorb energy from its surroundings, and, over time, much of it
will evaporate, becoming gaseous water, H O, . Despite the fact that the
water has existed in three different phases, it has remained water, H,O.
Because none of these changes resulted in the production of a new sub-
stance, they are each examples of a physical change.

Sometimes, you will see a change-of-phase operation illustrated in a
form that you may associate with chemical reactions, such as the equation
for melting ice that you see following this paragraph. Don’t be confused by
the format, it is still showing a physical change.

H,0 + energy > H,O
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You are probably familiar with most change-of-phase operations. In
Lesson 1-2 we discussed the process of sublimation, which you may not
have been familiar with. Recall that sublimation is the process of a sub-
stance changing from a solid phase directly into a vapor phase. Even if you
don’t know the term, you have probably seen sublimation taking place.
When “dry ice,” which is frozen carbon dioxide, appears to give off a white
“smoke,” you see evidence of the solid carbon dioxide turning directly into
vapor. Carbon dioxide is actually an invisible gas. The white “smoke” is
actually water vapor condensing because of the cold gas coming off the
solid block of dry ice.

Sublimation happens more readily with “dry ice” than frozen water
because the forces between carbon dioxide molecules are not as strong as
the forces between water molecules. An example of sublimation can be
represented by the following equation:

CO, . + energy 2> CO

2(5) 2(e)

Experimentally, we can determine the freezing point or boiling point
of a pure substance by determining at what temperature the substance stops
getting hotter or colder for a period of time. If we graph our data for heating
or cooling, the “plateaus” or flat areas represent where a change-of-phase
operation is occurring. It is also important to note that, for a pure substance,
the freezing point and melting point are exactly the same. For example, the
normal freezing point of pure water is 0 °C, and the normal melting point
for pure ice (frozen water) is also 0 °C. The same relationship holds true
for the boiling point and condensation point of a pure substance.

Examples of Physical Changes

Melting wax, cutting wood, breaking glass, boiling water, bending
metal, freezing carbon dioxide, dissolving salt, cutting hair.

Chemical changes, also called chemical reactions, are more complex,
and they tend to be harder to reverse than physical changes. There are
many different types of chemical changes. Some happen very quickly, such
as an explosion, and some happen slowly, such as rusting, but they all result
in the production of one or more new substances. Look at the equation for
the decomposition of water, shown on page 28, and compare it to the equa-
tion for melting water, shown previously.

This reaction, called the electrolysis of water, produces two new sub-
stances. Hydrogen and oxygen are both colorless gases, and they both have
properties that are different from the properties of water. When liquid
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2H,0,, + energy > 2H,, + O

2(g) 2(g)
TR - N

Two water molecules are broken down into two hydrogen molecules and
\one molecule of oxygen. )

Figure 1-4a

water evaporates to form water vapor, it only requires a temperature change
to bring it back to liquid water. In the reaction shown in Figure 1-4a, the
hydrogen and oxygen won’t join to make water again unless another chemi-
cal reaction is carried out.

Examples of Chemical Changes
Photosynthesis: 60, + CH O, - 6H,O + 6CO,
Zinc reacting with an acid: Zn + 2HCl - ZnCl, + H,
Methane gas burning: CH, + 20, CO, + 2H,0O

Synthesis of magnesium oxide: Mg + O, = 2MgO

You may have noticed that chemical equations are sometimes written
with more information than at other times. For example, I don’t always
include the subscripts (for example, (s) or (g)), which indicate the state of
the matter at the time of the reaction. Also, I don’t always indicate whether
energy is present as a reactant or as a product. When you use these nota-
tions depends upon the type of information that you want to convey at a
given time. In general, it is always okay to show more information than you
need to. In the next lesson you will learn how to show energy changes in
chemical equations.

Try the following practice questions and check your answers at the end
of the chapter before moving on to the next lesson.

— i N
(Lesson 1-4 Review D

1. changes produce new substances, with new
properties.

2. The Law of of Mass states that matter cannot be
created or destroyed.
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3. is the process of a solid changing directly to a gas,
without passing through the liquid phase.

4. changes do not result in the production of new
substances.

5. Melting is an example of a change-of- operation.

6. Which of the following is not an example of a physical change?

a) breaking glass ¢) cutting wood
b) melting gold d) burning wood
7. Which of the following represents matter in a solid form?
a) CO,, b) H,0 ¢) CCl,, d) O,,
8. Which of the following correctly represents the process of
sublimation?
a) CO,, 2> CO, ¢) CO,,, 2 CO,,
b) CO,, 2> CO,,, d) CO,, > CO,,

9. Explain how physical changes differ from chemical changes.

10. Does dissolving sugar in water represent a physical change or a
chemical change? Explain your answer.

Lesson 1-5: Energy and Chemical Reactions

In the last lesson you read about the Law of Conservation of Mass.
Energy has its own conservation law, appropriately called the Law of Conser-
vation of Energy. This law states that the total amount of energy in the uni-
verse is conserved. In other words, energy is not created or destroyed,; it only
changes form. Einstein combined these two conservation laws into the Law
of Conservation of Mass-Energy, with his formula E=mc?, to illustrate what
happens in a nuclear reaction. When dealing with only physical and chemi-
cal changes, as we are now, we apply the original conservation laws.

Let’s suppose a bowling ball fell off a shelf and landed on your foot,
breaking one of your toes. When the bowling ball hit your foot, it trans-
ferred energy into it. Where did the bowling ball get the energy in the first
place? It certainly didn’t create it. The person who put the bowling ball on
the shelf did work lifting it up, transferring energy into it, and the bowling
ball stored that energy as potential energy.

Energy is often defined as the ability to do work. Work, in this case, is
defined as a force exerted over a distance. Energy, then, is the ability to
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exert a force over a distance. There are many forms of energy, including
heat, mechanical, chemical, electrical, solar, and nuclear. According to the
Law of Conservation of Energy, we can convert one form into another.
Energy is measured in units called joules, or J for short.

Gravitational Potential Energy:

The energy that an object possesses due to its mass and its height
above a reference point.

Gravitational P.E. =
mass X acceleration due to gravity X height or P.E. = mgh

When the bowling ball was lifted onto the shelf, it was given gravita-
tional potential energy. Gravitational potential energy is the stored energy
that an object possesses due to its mass and its position above a reference
point, in this case your foot. When the bowling ball fell off the shelf, its
height above the floor decreased, decreasing its gravitational potential
energy. When the bowling ball hit your foot, its height above it was zero, so
its gravitational potential energy, with reference to your foot, was zero.
Was its potential energy destroyed? No—it just changed into another form
of energy called kinetic energy.

Kinetic Energy:
The energy that an object possesses due to its mass and velocity.
Kinetic energy = 1/2 mass X velocity? or K.E. = 1/2 mv?

4 Gravitational Potential Energy is Converted to Kinetic Energy )
©
The ball has high gravitational The ball has low gravitational
potential energy (mgh), because its potential energy (mgh), because its
height is high. It has low kinetic height is low. It has high kinetic
energy (1/2mv?), because its velocity ~ energy (1/2mv?), because its velocity
is low. is high.
J

Figure 1-5a
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Kinetic energy, which is often called the energy of motion, is the energy
that an object has due to its mass and velocity (think speed). When the
bowling ball was sitting on the shelf, its velocity was zero, so its kinetic
energy was zero. As it was falling, it was accelerating toward your foot, and
its kinetic energy continued to increase. Where did the kinetic energy come
from? As the bowling ball lost potential energy, because its height above
your foot decreased, it gained kinetic energy as its velocity increased. So,
the energy didn’t just “appear.” The gravitational potential energy was sim-
ply converted to kinetic energy.

Just like macroscopic (large) objects, microscopic (tiny) objects such as
atoms can store energy due to their positions. We call the energy that at-
oms store chemical energy. This chemical energy is stored within atoms as
their potential to form bonds with other atoms, and it is released when new
bonds are made. As in the example with the bowling ball, the energy re-
leased will take on a different form than the stored energy. Most often, the
chemical energy is released in the form of heat.

When wood is burned in a fireplace, energy is released as the atoms
from the wood combine with the atoms of oxygen in the air to make new
compounds, such as carbon dioxide and carbon monoxide. However, be-
fore the wood will burn, you need to put energy into the wood to get it
started. This initial energy, perhaps from burning kindling, is used to break
bonds between atoms in the wood so that they can make new bonds. If the
energy that we put into getting the wood burning was less than the energy
that we got from the wood while it was burning, it would be an inefficient
way to try to heat a room.

Reactions that release more energy than they take in are called exo-
thermic reactions. In this type of reaction, the potential energy of the prod-
ucts is lower than the potential energy of the reactants, with the extra energy
being released, usually in the form of heat. For this reason, exothermic
reactions will heat the area around them. An example of an equation for
an exothermic reaction is shown here:

CH, + 20, > CO, +2H,0  + 890.4 kJ of energy

As you can see from the equation, energy is released and can be thought
of as a product of the reaction. What the equation doesn’t show is that a
certain amount of energy is required to get this reaction started. The energy
required to get a chemical reaction to start is called activation energy. When
you rub a match across a strip of sandpaper, the friction generates the heat
that acts as the activation energy to get the burning reaction started.
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Examples of Exothermic Reactions
Cy + 0,, > CO,, +393.5Kk]

2(g)

N, +3H,, > 2NH, +91.8Kk]

2(g) 3(g)

C.H,,0, + 60, > 6CO, + 6H,0 + 2804 kJ

Other reactions, called endothermic reactions, take in more energy than
they release. Energy can be thought of as a necessary reactant in this type
of reaction, as shown in this reaction:

N,, + O,, + 180.6k] > 2NO

2(g) 2(g)

Endothermic reactions will cool the area around them by absorbing
the necessary energy from the surroundings. As the result of an endother-
mic reaction, the products end up with more potential energy than the re-
actants. You may be familiar with chemical cold packs. When the chemicals
in a cold pack are allowed to mix, they absorb energy from the surround-
ings to carry out an endothermic reaction. More examples of endothermic
reactions are shown here.

Examples of Endothermic Reactions
2H O, +483.6kl>2H,  + O

27 (9) 2(g) 2(g)

CO,  +2H O,  +890.8k]J > CH,  + 20

2g) 270 4(8) 2(g)

N, +20,, + 664 k] > 2NO,

Both exothermic and endothermic reactions are often represented
graphically with potential energy diagrams, as seen in Figure 1-5b. Maybe
you can see why endothermic reactions are sometimes called “uphill reac-
tions,” as they need energy to be continuously added in order to continue.

4 Potential Energy Diagrams )
Endothermic Reaction Exothermic Reaction
£ £
Q o
= =
89 89
= =
2 8
g g
Time Time
\ J

Figure 1-5b
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As you continue to study chemistry, you will have the opportunity to
observe many chemical reactions. Use these opportunities to apply the in-
formation that you have learned in this chapter.

Now, try the following practice questions and check your answers at
the end of the chapter, before moving on to the next lesson.

(Lesson 1-5 Review )

1. energy is the energy required to get a chemical
reaction started.

2. reactions result in products at a higher energy level
than the initial reactants.

3. is defined as the ability to do work.

4. energy is the energy of matter in motion.

5. Select the correct formula for gravitational potential energy.
a) 1/2mv? b) 2mv ¢) mvh d) mgh

6. Isit possible for a baseball to have more kinetic energy than a truck?

7. Isit possible for a baseball to have more gravitational potential
energy than a truck?

Chapter 1 Examination

Part [—Matching

Match the following terms to the definitions that follow. Not all of the
terms will be used.

a. substance h. chemical property p. exothermic reaction
b. matter i. physical change g.- endothermic reaction
c. compound j. chemical change r. activation energy

d. mixture k. intensive property s. ternary compound

e. aqueous l. extensive property t. binary compound

f. physical property m. work u. monatomic element
g. element n. energy v. diatomic element

o. kinetic energy
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A type of reaction that releases energy.

A change that results in the production of a new substance.
Two or more substances chemically combined.

A substance that is dissolved in water.

A force exerted over a distance.

A substance made up of only one type of atom.

A property that depends on the size of the sample.

A compound that is made up of three elements.

Anything that is made up of atoms.

10. The energy of matter in motion.

Part II—Multiple Choice

11.

12.

13.

14.

15.

16.

17.

For each of the following questions, select the best answer.

Which of the following represents a homogeneous mixture?

a) CuCl, b) Hg ¢) CO,,, d) CH, O,
Which of the following can be broken down by a chemical change?
a) hydrogen ¢) lithium

b) carbon dioxide d) bromine

Which of the following change-of-state operations is exothermic?
a) gas to liquid ¢) liquid to gas

b) solid to liquid d) solid to gas

Which of the following is not an element?

a) gold b) bronze ¢) copper d) iron

Which of the following is a diatomic element?
a) neon b) iodine ¢) barium d) calcium

Which of the following does not represent a compound?
a) HO b) He c) CO d) KI

Which of the following elements is malleable?
a) copper b) hydrogen ¢) neon d) iodine
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18. Which of the following represents a compound?
a) Co b) He c) Ar d) NO
19. Which of the following is made up of more than one type of atom?
a) gold b) table salt c) silver d) oxygen
20. Which of the following is an example of a chemical property?
a) conductivity c) luster
b) hardness d) reactivity to acid
21. Which of the following is an extensive property?
a) volume b) melting point c) density d) ductility
22. Which of the following is an example of a chemical change?
a) breaking glass ¢) melting metal
b) rusting iron d) cutting wood
23. Which of the following is an example of a physical change?
a) photosynthesis ¢) sublimation of carbon dioxide
b) burning gasoline d) zinc reacting with acid
Part III—Short Essay

24.
25.

Answer the following questions in a few sentences.
Compare and contrast mixtures and compounds.

Explain the Law of Conservation of Energy.

Answer Key

The actual answers will be shown in brackets, followed by the explana-

tion. If you don’t understand an explanation that is given in this section, you
may want to go back and review the lesson that the question came from.

Lesson 1-1 Review

1.
2.

[element]

[mixture]—You might have said “solution, “homogeneous mixture,” or
“heterogeneous mixture,” which are also true answers. “Mixture” is the
most general of the possible correct answers.

[compound]—Remember: The key is that the elements in a compound are
chemically combined. If the question asked about things that are physically
combined, the answer would have been a “mixture.”
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10.

[heterogeneous]—Sand is composed of particles of different substances,
mixed together in a non-uniform distribution.

[diatomic]—“Diatomic” means “two-atom,” so think of O, or H, when you
see it.

[B. gold]|—Gold is an element, and elements can’t be broken down into
simpler substances by ordinary chemical means.

[D. salad]—We toss a salad to try to make its composition more uniform,
but it never becomes truly uniform.

[B. He]—NO, CO, and MgS all represent compounds. We can tell because
they all contain more than one capital letter and, therefore, more than one
elemental symbol.

[D. NaCl _ ]—The “(aq)” indicates that the salt has been dissolved in water,
making it a mixture of two or more substances physically combined.

[D. NaNO,]—A ternary compound contains three different elements.
Sodium nitrite (NaNO,) contains the elements sodium, nitrogen, and
oxygen, so it fits the definition.

Lesson 1-2 Review

1.

N o kW

10.

[condensation]—If you go outside on a cool morning, you may find
condensation on many cool surfaces.

[vaporization]|—The steam that you see coming from a teapot is the result
of vaporization.

[100 °C or 373 K]—You will learn more about the Kelvin scale in Chapter 2.
[viscosity]—Liquids with a great deal of viscosity are very resistant to flow.
[sublimation]

[solids]|—Solids don’t take the shape and size of their containers.

[fusion]—The term fusion is also used for a nuclear process that we will
discuss in Chapter 6.

[deposition]—When water vapor “freezes” onto a cold surface, deposition
is taking place.

[solidification]—This is the process that we normally call “freezing.” Many
people associate the term “freezing” with “cold,” but the process of
solidification can happen at relatively high temperatures for some substances.

[crystalline]

Lesson 1-3 Review

1.
2.

[extensive|—Think of the word extent.

[malleability]
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[chemical]—To know if something is flammable, we must try to burn it.

[intensive]—Think of these properties as being “in” the substance (intensive),
such as color and density. They don’t change due to the size of the sample.

[physical|—You can see that a metal is shiny without trying to carry out a
chemical reaction on it.

[A. density]—The density of a material can be used to identify it. It won’t
change due to the size of the sample.

[B. flammability]—We only observe the flammability of a substance when
we are carrying out a chemical change (combustion) on it.

[A. length]—The length of an object will certainly depend on the size of the
sample.

[A. length]—See answer 8.

[Intensive properties don’t depend on the amount of the substance (sample
size) present, whereas extensive properties do.]—The extensive properties
of a substance will change with the size of the sample. For example, the
color (intensive property) of table salt is the same, regardless of how much
of it you have. The weight (extensive property) of your salt sample will
certainly depend upon the size of your sample. (The wording of your answer
may vary from mine.)

Lesson 1-4 Review

1.

[chemical[—Chemical changes, which are also called chemical reactions,
result in the production of new substances, with their own properties.

[conservation]|—The Law of Conservation of Mass is very important to the
study of chemistry.

[sublimation]—Dry ice is called “dry” because it never melts into the liquid
phase.

[physical]—If I cut a wooden board in two pieces, both pieces are still made
of wood.

[state or phase]

[D. burning wood]—If we completely burn a piece of wood in a fire, we
won’t have wood anymore.

[B.H,0]

[B. CO,, > CO, ]

[Physical changes don’t result in the production of a new substance;
chemical changes do.]
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g

10. [physical change; Dissolving sugar in water does not result in the production

of a new substance so it represents a physical change. The sugar can be
recovered through evaporation, which is a physical process.]

Lesson 1-5 Review

1.

R

[activation]—Just think of it as the energy needed to “activate” the reaction,
to get things started.

[endothermic]—Endothermic reactions take energy in, which allows the
products to end up with more potential energy than the initial reactants.

[energy]
[kinetic]

[D. mgh]—Think “mass, gravity, height.”

[yes]—It’s possible when the baseball is flying through the air and the truck
is standing still. Remember: If the formula for kinetic energy is 1/2mv? what
is the kinetic energy of the truck when its velocity is zero?

[yes]—If our reference point is the street, the baseball will have more
gravitational potential energy than the truck when the ball is up in the air
and the truck is sitting on the street. If the formula for gravitational
potential energy is mgh, what happens when the height of the truck is zero?

Chapter 1 Examination

1.

A S B

[p. exothermic reaction]|—Think of “exo” as “out,” as in the word,
exoskeleton. Energy comes out of an exothermic reaction.

[j- chemical change]—New substances are produced in chemical reactions,
also called chemical changes.

[c. compound]—When two or more substances (say, for example, oxygen and
hydrogen) combine chemically, you get a compound (in this case, water).

[e. aqueous]—As in the word aquarium, the prefix “aqua-” refers to water.

[m. work]—To do work, in this sense of the word, you must exert a force
over a distance. Do you see why a weight lifter that is holding a barbell over
his head is doing no work, while the barbell is motionless?

[g. element]
[l. extensive property]
[s. ternary compound]

[b. matter]|—Matter is the most general category in our classification
scheme, including mixtures, compounds, and elements.

10. [o. kinetic energy]



11.

12.

13.

14.

15.
16.

17.

18.

19.

20.

21.

22.

23.

24.

25.
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[D. CH,,0,,}—A mixture requires two substances. The symbol (aq) tells
us that this sugar is dissolved in water, making a solution, which is a

homogeneous mixture.

[B. carbon dioxide]—Elements cannot be broken down by a chemical
change, but compounds can.

[A. gas to liquid[—You need to add energy (heat) to get a solid to turn to a
liquid (melting) or a liquid to turn to a gas (boiling), but energy is released
when a gas turns to a liquid (condensation).

[B. bronze]—You won’t find bronze on the periodic table, because it is an
alloy, not an element.

[B. iodine]—Iodine is, indeed, one of the seven diatomic elements.

[B. He]—Compounds will always show two or more capital letters in their
formulas.

[A. copper]—Copper has the ability to be hammered into sheets, meaning
it is malleable.

[D. NO]—Notice that NO is the only formula shown that has two or more
capital letters.

[B. table salt|—Table salt contains the elements sodium and chlorine and is
represented by the formula NaCl.

[D. reactivity to acid]—Reactivity to acid would only be observable in a
chemical reaction.

[A. volume]—The volume of an object is a measure of how much space it
occupies. This will surely change if the size of the sample changes.

[B. rusting iron]—When iron rusts, it loses its original properties and takes
on the properties of the new compound, Fe,O..

[C. sublimation of carbon dioxide]—Sublimation is a change of state
operation, which is a type of physical change.

[Mixtures consist of two or more substances physically combined, whereas
compounds consist of two or more substances chemically combined.]

[Energy isn’t created or destroyed; it only changes form.]
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Measurements and Calculations

Lesson 2-1: The International System of Measurements (SI)

A common mistake that many students make when they are beginning
their study of chemistry has to do with the use of units. In math class, you
may do many calculations during the course of the year where you are only
working with numbers. When you perform calculations in chemistry class,
however, it is likely that you will always be required to work with units. If
you measure the length of an object in the laboratory, you can’t simply
record the data as “2.35,” because no one will know whether you mean
2.35 inches, 2.35 centimeters, or 2.35 feet! In science, you must always work
with units.

In order for people to communicate most effectively, they need to speak
the same language. This is very true in science. When scientists communi-
cate information, they must be extra careful when dealing with numbers
and units. A miscommunication between doctors could lead to the admin-
istration of improper doses of medication. A miscommunication between
engineers could lead to a building, a device, or a vehicle with structural
flaws. As do all people, scientists need a common language in order to
communicate most effectively. The International System of Measurements
was designed for just this purpose.

The General Conference on Weights and Measures updated the met-
ric system in 1960 and renamed it the International System of Measure-
ments. The system is commonly referred to as SI, which is short for the
French name, Le Systeme International d’Unites. Scientists from all around
the world have adopted SI, and there has been a push in many countries to
convert the general population to the SI units.

( 41
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The advantages of SI will seem obvious to any student of science. Let’s
compare the SI units of length to the English units of length:

4 Comparing English Units of Length to SI Units of Length A
English Conversions SI Conversions
12 inches = 1 foot 10 centimeters = 1 decimeter
3 feet = 1 yard 10 decimeters = 1 meter
1760 yards = 1 mile 10 meters = 1 dekameter
Y J

Figure 2-1a

Do you notice the difference? With the English units, there doesn’t
appear to be any logic behind the conversions, whereas, with the SI con-
versions, you are always working with multiples of ten. Need another ex-
ample? Let’s compare some U.S. (United States) units for volume to SI
units of volume:

4 Comparing U.S. Units of Volume to SI Units of Volume )

U.S. Conversions

SI Conversions

8 ounces = 1 cup 1000 cubic millimeters = 1 cubic centimeter

2 cups = 1 pint 1000 cubic centimeters = 1 cubic decimeter

2 pints = 1 quart 1000 cubic decimeters = 1 cubic meter

4 quarts = 1 gallon

-
Figure 2-1b

1000 cubic meters = 1 cubic dekameter )

Again, the SI conversions are more uniform and easier to remember.
The older system is even more confusing than it appears here when you
consider the fact that English cups, pints, ounces, and quarts are different
than the U.S. units with the same names. For example, there are 1.2 U.S.
gallons in 1.0 English gallon! For this reason alone, American students can
probably see the need for a common system.

Another thing that American students might find interesting is that the
units “liter” and “milliliter” are absent. When the General Conference on
Weights and Measures updated the metric system in 1960, they eliminated
the liter! This means that the only “metric” unit that we have really em-
braced in this country is the one that was declared “outdated” more than
40 years ago!
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Why was the liter eliminated from the International System of Mea-
surements? Well, one of the goals of the conference was to cut down on
the number of existing units and start off with the fewest number of base
units that were needed to measure essentially all of the known physical
quantities. Because volume can be expressed in cubed units of length, there
really is no reason to support special units of volume. Following are the
seven SI base units.

These base units can /~ . N\
be combined with prefixes SI Base Units
in order to derive larger or Property Unit Symbol
smaller quantities. For ex-
ample, we combine the | length meter m
pre.fix “kilo-” with the base | {ime second S
unit “meter” to get one
“kilometer,” which has a | mass kilogram kg
value o'f 1000 meters. The temperature Kelvin K
SI prefixes are shown on
page 44. electric current ampere A

If you are aSk?d to amount of substance | mole mol
convert between units of
the same quantity, simply | luminous intensity candela cd
pay attention to what the J

prefixes stand for. If asked  Figure 2-1¢

to convert 3.45 kilograms

to grams, keep in mind that “kilo-” means thousand, so one kilogram must
equal one thousand grams. This makes the conversion as simple as the work
shown here:

3.45 kg X 1000 g/1 kg = 3450 g

Notice that we multiply the original quantity (3.45 kg) by a ratio of
1000 g/1 kg. By orienting the ratio in such a way that the symbol “kg” is in
the denominator, we’re able to “cross-cancel” the unwanted unit (kg), leav-
ing us with the desired unit (g).

You can check your answer by reasoning, “If 1 kilogram is 1000 grams,
then 3 kilograms would be 3000 grams.” Your answer seems reasonable. If
you find this difficult, you may want to skip ahead to Lesson 2-5, where we
will be covering conversions in greater detail.
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4 SI Prefixes )
Prefix Symbol Multiply the base by Scientific Notation
exa- E 1 000 000 000 000 000 000 1018
peta- P 1 000 000 000 000 000 10%
tera- T 1 000 000 000 000 1012
giga- G 1 000 000 000 10°
mega- M 1 000 000 10¢
kilo- k 1000 10°
hecto- h 100 102
deca- da 10 10!
deci- d 0.1 101
centi- c 0.01 102
milli- m 0.001 103
micro- n 0.000 001 10
nano- n 0.000 000 001 10°
pico- p 0.000 000 000 001 102
femto- 0.000 000 000 000 001 1015

\atto- a 0.000 000 000 000 000 001 1018 D

Figure 2-1d

Some properties, such as time or length, can be expressed in terms of
SI base units. Other properties, such as volume or density, are expressed in

SI derived units, which
are really made by
combining the SI base
units. Following are
some examples of
physical properties and
the SI-derived units,
which can be used to
measure them.

4 Examples of SI-Derived Units

~

Property SI-Derived Units

Symbol

volume | cubic centimeters

velocity | meters per second

\density grams per cubic centimeter

cm’®

m/s

g/CI'Il3 /

Figure 2-1Ie
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Some properties are /" npjts and Their SI Equivalents )

measured in units that : -

. SI-Derived | Equivalent
are derived f.rom 'SUCh a Property Unit Unit Symbol
large combination of -
base units that scientists | 0Tc€ kg > mjs Newton N
have given them new unit \energy kg X m%s? | joule J )
names and symbols.
These new units and sym-  Fgwre 2-1f

bols are still based on, and are equivalent to, the original combination of
base units. Figure 2-1f shows some examples.

Now, try the following practice questions and check your answers at
the end of the chapter before moving on to the next lesson.

_ : N
(Lesson 2-1 Review D,

Convert 3.45 meters to centimeters.

Convert 7640 decimeters to kilometers.

1. The SI unit for length is the

2. The SI unit called the “ampere” measures

3. The SI unit for temperature is the

4. There are centigrams in one gram.

5. There are centigrams in one kilogram.
6.

7.

8.

Which of the following is not an SI base unit?
a) meter b) candela c) mole d) joule

9. Which of the following units is used to measure energy?
a) meter b) candela ¢) mole d) joule

10. Which of the following quantities cannot be measured with a single
SI base unit?
a) speed b) time c) length d) mass

Lesson 2-2: Measuring Matter

Chemistry is a quantitative science, which means that it is concerned with
measurements that involve quantities or numbers, such as the amount of
space a substance takes up or how much it weighs. Those measurements,
which analyze the quantity of matter, are of especial importance to chemists.
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As you begin your laboratory work in chemistry, it is likely that you will be
asked to find the mass, volume, and density of substances early on.

The volume of a substance is simply the amount of space that it takes up
(in other words, how big it is). The standard method for measuring the
volume of a substance depends upon whether or not the substance is a
solid, liquid, or gas.

Your laboratory will include several types of vessels that can be used to
measure the volume of a liquid. The most accurate measurements can be
taken in a vessel called a graduated cylinder, or “graduate,” for short.
Graduated cylinders come in many sizes, and the accuracy of these instru-
ments depends upon the number of lines or gradations on them. Usually,
the smaller graduates are more accurate than the larger ones, and all gradu-
ates tend to give more accurate readings than beakers or flasks.

When you need to find the volume or size of a solid, the method that
you choose will depend upon whether or not the solid has a regular shape.
For example, if you need to find the volume of a uniform block, you can
measure the length, width, and height of the object, and then multiply them
together using the formula: volume = length X width X height.

If you need to find the volume of a solid that is not a regular shape, you
can often use what is called the “water displacement method.” Imagine
that we wanted to find the volume of a nail. A nail isn’t close enough to a
perfect cylinder to consider using the formula for the volume of a cylinder,
so how would we measure its volume? We would make use of a real cylin-
der, a graduated cylinder. How can we find the volume of a solid in a vessel
that is made to measure the volume of a liquid? We could, theoretically,
melt the nail, but we would have to get it too hot and the process would
change its volume slightly. We have to come up with another plan.

Have you ever poured a glass of water or soda, and then added ice
cubes? Did you ever add enough ice to make the level of the liquid over-
flow from the glass? This happens because the ice takes up space, and in
order for it to fit in the glass it pushes some of the liquid out. Solids take up
space, and they will displace liquids that they are submerged in.

Take a graduated cylinder, fill it with some measurable amount of water,
and record this volume. Next, carefully place the nail into the graduate, and
the water level will rise. In order to be accurate, the nail must be completely
submerged. Now, record the new volume. The volume of the nail will be the
difference between the two water levels. Look at the formula here:

Vf_vi =V

nail

volume final — volume initial = volume of the nail
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4 The Water Displacement Method )

= =

Empty graduated Graduate is filled with Water rises by a volume

cylinder. known amount of water.  that is equal to the
volume of the object.
-
Figure 2-2a

Measuring the volume of a gas is a bit different, because a gas will take
on the size of the container you put it in. This means that if you measure a
gas in a 2.0 L bottle, the volume of the gas will be 2.0 L, but if you put the
same sample in a 5.0 L bottle, the volume of the gas will be 5.0 L! As you
will learn in Chapter 8, the volume of a gas doesn’t tell us much, unless we
also know the temperature of the gas and the pressure it exerts.

In Lesson 2-1 I told you that the liter is an outdated unit, but the truth is
that it continues to be useful in chemistry class. In your laboratory, you can
find graduated cylinders, beakers, and flasks that measure volume in liters
and milliliters. To convert between the liter and the more accepted units of
cubed lengths, try to commit the following conversion factors to memory.

Important Conversion Factors for Volume
Iml=1cm* 1L=1dm? 1000cm’=1dm* 1000ml=1L

Another very important property to be able to measure in the chemis-
try laboratory is mass. Mass is a measure of the amount of matter that an
object contains. In a sense, measuring the mass of an object is akin to de-
tecting how many atoms are in it, because we can calculate the number of
atoms in a pure sample when we know its mass. Mass and volume are often
confused, because mass takes on another meaning in English. When you
see something that is large, you might say, “That is massive!” In chemistry,
however, mass has nothing to do with the size of an object. If you see a
large object in chemistry, you should say, “That has a large volume!”

In the chemistry laboratory, you will be using an instrument called a
balance to measure the mass of various materials. These balances are
sometimes incorrectly referred to as “scales.” Sometimes, the process of
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“massing” an object is improperly called “weighing” an object. Mass and
weight are actually two different things. The mass of an object has nothing
to do with where it is located. If you measured the mass of a brick in your
chemistry lab and found it to be 1.89 kg, then it would have the same mass
if you sent it into space or transported it to the moon. The number of at-
oms that the brick contains wouldn’t change just because you moved it
around, but its weight would change.

What we call weight is actually a measurement of the attraction be-
tween two objects, due to the force of gravity. If you weigh yourself in your
bathroom, you are measuring the force of gravitational attraction between
you and the Earth. If you weighed yourself on the moon, you would be
measuring the force of gravitational attraction between you and the moon.
It makes sense that your weight should change, due to where you actually
do the weighing, but your mass doesn’t change due to a change in location.

Does this mean that your mass never changes? Your mass is a measure
of the amount of matter, or atoms, that you contain. As you eat, you take in
atoms, changing your mass. In fact, as you breathe, you take in atoms, slightly
changing your mass. Your mass does change, but it doesn’t change based
on location. A brick, which doesn’t eat or breathe, will maintain a constant
mass, unless it gets damaged.

Now, try the following practice questions and check your answers at
the end of the chapter before moving on to the next lesson.

(Lesson 2-2 Review )

1. The of an object is the amount of space that it
takes up.

2. The of an object is the amount of matter it
contains.

3. We find the mass of an object with an instrument called a(n)

There are cm? in one liter.
Convert 3.43 dm? to cm’.
Convert 563 ml to L.

How many cubic centimeters does 4.3 liters represent?

P Nk

The volume of a liquid can be measured in a
cylinder.
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9. Which of the following represents the greatest volume of water?
a) 1 ml b) 1 dm? ¢) 100 cm? d)05L
10. Which of the following represents the greatest mass of water?
a) 2.6 cg b) 124 mg c) 0.07 kg d)450 g

Lesson 2-3: Uncertainty in Measurements

There is no such thing as a “perfect” measurement. Each measure-
ment contains a degree of uncertainty, as a result of the limitations of the
instrument used to make the measurement and the care of the person tak-
ing the measurement. An instrument, such as a graduated cylinder, only
measures to a certain degree of accuracy, and no amount of care on your
part will allow you to improve measurements taken from that graduate
beyond that limitation. On the other hand, you could use a very sensitive
instrument, and the accuracy of your measurements might be hindered by
your carelessness. A chemistry student must work with the instruments that
he or she has in order to take the most precise measurements possible.

Before we continue talking about measurements, we should discuss two
important terms, as they apply to measurements in chemistry. The accu-
racy of a measurement refers to how close it is to the “true” or accepted
value. The term precision, which has several meanings, is used in chemistry
to indicate how close together a group of measurements are to each other.
The analogy of a dartboard is often used to illustrate accuracy and preci-
sion. Precise measurements are likened to a group of darts that are close
together on a dartboard. Regardless of how close the darts fall to the bull’s-
eye, a group of darts that are close together would represent a high degree
of precision. A dart striking the bull’s-eye would be considered accurate.

Not all instruments are created equal. Some are designed for relatively
crude measurements, whereas others are designed for careful, accurate
measurements. An easy example is to compare the scale that you find in
your bathroom to the scale that is used to measure fruits and vegetables at
your supermarket. Many bathroom scales only have lines or marks for the
whole pound. This is because even the most weight-conscious person is not
likely to want to check if he or she has lost 1/10th or 1/100th of a pound.
Such small changes in weight would probably be regarded as insignificant,
and so we tend to round our weights off to the whole pound, or even tens
of pounds, if we are not overly concerned with our weight.

In the supermarket, however, where you pay for fruit and vegetables by
the pound, we are interested in the 10th or even 100th of a pound, because if
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you were to round off so many measurements in one day, the little incre-
ments would start to add up. For this reason, the supermarket is equipped
with a much more sensitive scale than you are likely to have at home. Both
scales do the jobs that they were designed to do, but they are not created
equal.

As are the instruments that they use, not all students take measure-
ments the same way. Some students take very careful measurements, re-
cording every digit that their instrument allows; others take quicker
measurements, mentally rounding off the numbers that they see. This should
not be the case. If you weigh yourself on a scale at home and it reads 158 Ibs.,
there is no harm if you round up to the nearest tens place. You can tell
people that you weigh 160 Ibs., and it is not likely to make any kind of
difference, unless you need an accurate weight for a sports team. Chemis-
try, however, is a science that deals with microscopic atoms, and small varia-
tions in mass or volume are often significant. For this reason, every student
should take each measurement the same way. You will want to use each
instrument correctly and record every digit that the instrument allows. Try
to avoid the mental “rounding off” that you might practice when taking
measurements in your daily life.

When you take measurements in your chemistry laboratory, record
every digit that each instrument allows, and include one additional estima-
tion digit. This is very important, as you will see in the next lesson, because
when you perform calculations with these measured values, our answers
can only be as accurate as our least accurate measurement. Before you use
an instrument for a measurement, you should look at it and determine to
what place value it will allow you to measure. Look at the ruler section
shown here in Figure 2-3a.

Upon examination, you should note e T
that each line or gradation on the ruler ‘ L] | [ Ci g "'
represents a tenth of a centimeter. This
means that you can accurately measure
the length of an object to the tenth of a centimeter. In science, remember,
you are allowed to add one additional estimation digit. This means that
you can add a digit, which estimates how far between lines an object ap-
pears to reach. The place value that you should record to is dictated by the
instrument, not the object that you are measuring, and every student who
uses this ruler should be recording his or her measurements to the hun-
dredth of a centimeter.

Figure 2-3a
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4 Taking Measurements in the Chemistry Laboratory )

The student using the ruler on the right should record
the length of the ribbon to be 1.11 cm. The first digits
are “exact,” because the length is clearly between 1.1

cm and 1.2 cm. The last digit is an “estimation digit,” 1Gem 20§
because it involves a judgment. mEE
The second measurement should be recorded as 1.95
cm or 1.96 cm. Notice, it is okay to disagree on the
1.0 cm 2.0cm

value of the estimation digit, because it involves
estimation. What you can’t disagree on is the

it £ -_— T
number of digits that must be recorded. Always
include one and only one estimation digit.

The third ribbon appears to have a length of about 1.0cem 2.0cm
1.31 cm. If the student estimates that the ribbon falls

exactly on the 0.3 cm line, he could use his estimation - =
digit to say that, by recording the measurement as 1.30
cm. In this way, the estimation digit is still significant.

J

Figure 2-3b

Figure 2-3b gives some examples of how to record measurements prop-
erly. Imagine that a number of students are using this ruler to measure
different strips of magnesium ribbon, such as you may use in the laboratory
this year.

Some students show a lack of concern for accuracy when they take
their measurements in the chemistry lab. For some, it seems more impor-
tant to be quick than to be accurate. The problem with this is that the labo-
ratory activities that your instructor is likely to offer depend upon reasonably
accurate measurements. If your measurements are poor, your results will be
inaccurate, and you miss those “magic” moments when the results of an ex-
periment verify some concept or constant that you have been studying in
your text. To get the most out of your learning experiences, put a great
deal of care into the measurements that you take in the lab.

Try the following practice questions and check your answers at the end
of the chapter before moving on to the next lesson.

CLesson 2-3 Review )

1. The term refers to how close together a set of
measurements are to each other.
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2. A(n) measurement is close to the “true” or
accepted value.

3. Explain how “estimation digits” are used in chemistry.

4. Record the length of the ribbon shown in the figure below to the
proper digit.

1.0cm 2.0cm

5. Record the length of the ribbon shown in the figure below to the

proper digit. T Z0 e
| | | | IMI L L

Lesson 2-4: Calculating with Significant Digits

Imagine that you wanted to find the volume of a regularly shaped wooden
block in your chemistry lab. You measured the length, width, and height of
the block and found them to be 4.55 cm, 9.10 cm, and 2.54 cm respectively.
To find the volume of the block, you would multiply the three numbers
together, as shown in Figure 2—4a.

4 Calculating the Volume of a Wood Block )
- 7 &
Given &
Length = 4.55 cm v
Width = 9.10 cm
Height = 2.54 cm +
Volume =L X W X H
Volume = 4.55 cm X 9.10 cm X 2.54 cm
Volume = 105.1687 cm?
- J
Figure 2-4a

Do you see anything wrong with the reported answer to the calcula-
tion? Notice that each of the original measurements was only considered
accurate (including the estimation digit for each) to the hundredths place,
or 2 digits past the decimal. However, the reported answer suggests that it
is actually accurate to 4 digits past the decimal place. This doesn’t make
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any sense! We can’t have the result of a calculation that is more accurate
than the measurements that the calculation was based on. When doing cal-
culations in science, we must take care not to report answers that claim to be
more accurate than the original measurements that the calculations were
based on. How do we do this? By following specific rules for rounding.

Each measurement is considered to have a certain number of what are
called significant digits or significant figures (sometimes called “sig. digs.” or
“sig. figs.” for short). We determine the number of significant digits that a
number shows according to the following rules:

Rules for Identifying the Number of Significant Digits in a Number

Rules Examples

1. The number 942, with 3
nonzero digits, shows 3
significant digits.

2. Any zeros (regardless of how 2. The number 50003, with 2

1. Any nonzero (digits from 1 to
9) digits are significant.

many) found between two
significant digits are
significant.

3. Any zeros that are found to
the right of both a significant
digit and a decimal place are
significant.

nonzero digits, and 3 zeros
between significant digits,
shows 5 significant digits.

. The number 75.00, with 2

nonzero digits, and 2 zeros
that are to the right of both a
significant digit and a

decimal, shows 4 significant
digits.

Now, when you look at a number in chemistry, you should always be
aware of how many significant digits you are looking at. Some texts con-
sider numbers such as “500” to be ambiguous examples, because the zeros
don’t fall under any of the rules for significant digits. Other texts, including
this one, will not consider “placeholder” zeros, such as those in the number
500, to be significant. As written, the number 500 only shows 1 significant
digit, the nonzero digit. The zeros are not significant, because they are nei-
ther between two significant digits nor to the right of both a decimal and a
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significant digit. There will be times when you get a number like 500, and
you will want to show three significant digits. What options do you have for
reporting 500 as having three significant digits? Look at the following.

Methods for Showing “Ambiguous” Zeros in the Number 500 as

Significant Digits
Method Example

1. Use scientific notation to 1. If we show the number 500 as
show the zeros to the right of 5.00 x 10% the value of the
both a decimal and a number is the same, but the
significant digit. zeros are significant because

of Rule 3 on page 53.

2. Place a decimal after the last 2. If we show the number as 500.
zero to show that you actually we will consider all three
consider the last zero digits signific