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Section 1: Chemistry and Matter

What is Chemistry?

Everything around us is made up of chemicals. From the color that makes a rose so 
red to the gasoline that fills our cars and the silicon chips that power our computers 
and cell phones…Chemistry is everywhere! Understanding how chemical molecules 
form and interact to create com-
plex structures enables us to 
harness the power of chemistry 
and use it, just like a toolbox, to 
create many of the modern ad-
vances that we see today. This 
includes advances in medicine, 
communication, transportation, 
building infrastructure, food sci-
ence and agriculture, and nearly 
every other technical field that 
you can imagine.

Chemistry is one branch of sci-
ence. Science is the process by 
which we learn about the natural 
universe by observing, testing, 
and then generating models that 
explain our observations. Be-
cause the physical universe is 
so vast, there are many differ-
ent branches of science (Figure 
1.1). Thus, chemistry is the study of matter, biology is the study of living things, and 
geology is the study of rocks and the Earth. Mathematics is the language of science, 
and we will use it to communicate some of the ideas of chemistry.

Although we divide science into different fields, there is much overlap among them. 
For example, some biologists and chemists work in both fields so much that their work 
is called biochemistry. Similarly, geology and chemistry overlap in the field called geo-
chemistry. Figure 1.1 shows how many of the individual fields of science are related.

Physical vs. Chemical Properties

Part of understanding matter is being able to describe it. One way chemists describe 
matter is to assign different kinds of properties to different categories. The properties 

Figure 1.1:  The Relationships Between Some of the Major Branches 
of Science. Chemistry lies more or less in the middle, which empha-
sizes its importance to many branches of science.
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that chemists use to describe matter fall into two general categories. Physical proper-
ties are characteristics that describes matter, such as boiling point, melting point and 
color. Physical Changes, such as melting a solid into a liquid, do not alter the chemi-
cal structure of that matter. Chemical properties are characteristics that describe how 
the chemical structure of matter changes during a chemical reaction. An example of a 
chemical property is flammability—a materials ability to burn—because burning (also 
known as combustion) changes the chemical composition of a material.

Elements and Compounds

Any sample of matter that has the same physical and chemical properties throughout 
the sample is called a substance. There are two types of substances. A substance that 
cannot be broken down into chemically simpler components is an element.  Aluminum, 
which is used in soda cans, is an element. A substance that can be broken down into 
chemically simpler components (because it has more than one element) is a com-
pound. Water is a compound composed of the elements hydrogen and oxygen. Today, 
there are about 118 elements in the known universe which are organized on a funda-
mental chart called the Periodic Table of Elements (Fig. 1.2A). In contrast, scientists 
have identified tens of millions of different compounds to date.

Figure 1.2:A: The Periodic Table of the Elements is an organized chart that contains all of the known 
chemical elements.
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The smallest part of an element 
that maintains the identity of that 
element is called an atom. Atoms 
are extremely tiny; to make a line 
1 inch long, you would need 217 
million iron atoms! Similarly, the 
smallest part of a compound that 
maintains the identity of that com-
pound is called a molecule. Mole-
cules are composed of atoms that 
are attached together and behave 
as a unit (Fig. 1.2B). Scientists 
usually work with millions of at-
oms and molecules at a time. 
When a scientist is working with 
large numbers of atoms or mol-
ecules at a time, the scientist is 
studying the macroscopic view of 
the universe. However, scientists can also describe chemical events on the level of in-
dividual atoms or molecules, which is referred to as the microscopic viewpoint. We will 
see examples of both macroscopic and microscopic viewpoints throughout this book 
(Figure 1.3).

Figure 1.2B: To the left of the arrow is shown one atom of oxygen 
and two atoms of hydrogen. Each of these represent single ele-
ments. When they are combined on the righthand side, they form a 
single molecule of water (H2O). Note that water is defined as a com-
pound, because each single molecule is made up of more than one 
type of element, in this case, one atom of oxygen with two atoms of 
hydrogen.

Figure 1.3:  How many molecules are needed for a period in a sentence? Although we do not notice it from a 
macroscopic perspective, matter is composed of microscopic particles so tiny that billions of them are needed 
to make a speck that we can see with the naked eye.  The X25 and X400,000,000 indicate the number of 
times the image is magnified.
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Mixtures

A material composed of two or more substances is a mixture. In a mixture, the in-
dividual substances maintain their chemical identities. Many mixtures are obvious 
combinations of two or more substances, such as a mixture of sand and water. Such 
mixtures are called heterogeneous mixtures. In some mixtures, the components are 
so intimately combined that they act like a single substance even though they are not. 
Mixtures with a consistent composition throughout are called homogeneous mixtures. 
Homogeneous mixtures that are mixed so thoroughly that neither component can be 
observed independently of the other are called solutions. Sugar dissolved in water is 
an example of a solution. A metal alloy, such as steel, is an example of a solid solution. 
Air, a mixture of mainly nitrogen and oxygen, is a gaseous solution.

Figure 1.4:  Heterogeneous vs. Homogeneous Mixtures.  A mixture contains more than one substance.  In 
the upper panel you see an example of a heterogeneous mixture of oil and water.  The mixture is heterogeneous 
because you can visibly see two different components in the mixture.  In the lower panel, you see an example of a 
homogeneous mixture, coffee.  It is homogeneous because you cannot distinguish the many different components 
that make up a cup of coffee (water; caffeine; coffee alkaloids and tannins).  It looks the same throughout.  If the 
mixture is homogeneous and is also see through or clear, it is called a solution. In our example, the coffee is a 
solution; however, a concentrated espresso may be very opaque and would only be homogeneous mixture, not a 
solution.
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States of Matter

Another way to classify matter is to describe it as a solid, a liquid, or a gas, which was 
done in the examples of solutions, above. These three descriptions, each implying that 
the matter has certain physical properties, represent the three phases of matter. A sol-
id has a definite shape and a definite volume. Liquids have a definite volume but not 
a definite shape; they take the shape of their containers. Gases have neither a defi-
nite shape nor a definite volume, and they expand to fill their containers. We encoun-
ter matter in each phase every day. In fact, we regularly encounter water in all three 
phases: ice (solid), water (liquid), and steam (gas).

We know from our experience with water that substances can change from one phase 
to another if the conditions are right. Typically, varying the temperature of a substance 
(and, less commonly, the pressure exerted on it) can cause a phase change, a physi-
cal process in which a substance goes from one phase to another (Figure 1.5). Phase 
changes have particular names depending on what phases are involved, as summa-
rized in Table 1.1.

Figure 1.5. Analyzing Phase Changes.  (Upper panel) A photo of boiling water demonstrates the phase change of 
water from the liquid to the gaseous phase.  Note that phase changes are a physical property of a molecule.  The 
water is still chemically the same (H2O) in the solid, liquid, or gaseous state. (Lower panel) Change in temperature 
can cause phase changes .  Above is the temperature scale for the phase changes of water.  If you add heat to 
solid ice, water will melt at 0oC and boil at 100oC.  If you remove heat from gaseous water, it will condense into 
the liquid state at 100oC and freeze at 0oC.
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In summary, Figure 1.6 “The Classification of Matter” illustrates the relationships be-
tween the different ways matter can be classified.

Figure 1.6 The Classification of Matter. Matter can be classified in a variety of ways depending on its properties
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Section 2: How Scientists Study Chemistry

The Scientific Method

How do scientists work? Gen-
erally, they follow a process 
called the scientific method. 
The scientific method is an 
organized procedure for learn-
ing answers to questions. To 
find the answer to a question 
(for example, “Why do birds fly 
toward Earth’s equator during 
the cold months?”), a scien-
tist goes through the following 
steps, which are also illustrated 
in Figure 1.7.

1. Propose a hypothesis. A 
scientist generates a testable 
idea, or hypothesis, to try to 
answer a question or explain 
how the natural universe works. 
Some people use the word theo-
ry in place of hypothesis, but the 
word hypothesis is the proper 
word in science. For scientific applications, the word theory is a general statement that 
describes a large set of observations and data. A theory represents the highest level of 
scientific understanding, and is built from a wide array of factual knowledge or data.

2. Test the hypothesis. A scientist evaluates the hypothesis by devising and carrying 
out experiments to test it. If the hypothesis passes the test, it may be a proper answer 
to the question. If the hypothesis does not pass the test, it may not be a good answer.

3. Refine the hypothesis if necessary. Depending on the results of experiments, a 
scientist may want to modify the hypothesis and then test it again. Sometimes the re-
sults show the original hypothesis to be completely wrong, in which case a scientist will 
have to devise a new hypothesis.

Not all scientific investigations are simple enough to be separated into these three 
discrete steps. But these steps represent the general method by which scientists learn 

about our natural universe.

Figure 1.7 The General Steps of the 
Scientific Method.  The steps may not be as clear-cut in real life as 
described here, but most scientific work follows this general outline.
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Concept Review

	 1. Define science and chemistry.

	
	
	 2. Define the scientific method.

Section 3: Scientific Notation
The study of chemistry can involve numbers that are very large. It can also involve 
numbers that are very small. Writing out such numbers and using them in their long 
form is problematic, because we would spend far too much time writing zeroes, and we 
would probably make a lot of mistakes! There is a solution to this problem. It is called 
scientific notation.  

Scientific notation allows us to express very large and very small numbers using pow-
ers of 10.

Recall that:

100 = 1   101 = 10   10² = 100

10³ = 1000        10⁴ = 10000       10⁵ = 100000
As you can see, the power to which 10 is raised is equal to the number of zeroes that 
follow the 1. This will be helpful for determining which exponent to use when we ex-
press numbers using scientific notation.

Let us take a very large number:
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     579, 000, 000, 000

and express it using scientific notation.

First, we find the coefficient, which is a number between 1 and 10 that will be multiplied 
by 10 raised to some power.

Our coefficient is: 5.79

This number will be multiplied by 10 that is raised to some power. Now let us figure out 
what power that is.

We can do this by counting the number of positions that stand between the end of the 
original number and the new position of the decimal point in our coefficient.

        5 . 7 9 0 0 0 0 0 0 0 0 0           
            ↑                                ↑

How many positions are there?

We can see that there are 11 positions between our decimal and the end of the original 
number. This means that our coefficient, 5.79, will be multiplied by 10 raised to the 11th 
power.

Our number expressed in scientific notation is:

      5.79 x 1011

But what about very small numbers?

You may recall that:

   10-1 = 0.1            10-2 = 0.01      10-3 = 0.001
10-4 = 0.0001         10-5 = 0.00001

The number of spaces to the right of the decimal point for our 1 is equal to the number 
in the exponent that is behind the negative sign. This is useful to keep in mind when we 
express very small numbers in scientific notation.

Here is a very small number:
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0.0000642

Let us express this number using scientific notation.

Our coefficient will be 6.42

This number will be multiplied by 10 raised to some power, which will be negative. Let 
us figure out the correct power. We can figure this out by counting how many positions 
stand between the decimal point in our coefficient and the decimal point in our original 
number.

  0 . 0 0 0 0 6 4 2
↑             ↑

How many positions?

There are 5 positions between our new decimal point and the decimal point in the origi-
nal number, so our coefficient will be multiplied by 10 raised to the negative 5th power.

Our number written in scientific notation is:

6.42 x 10-5

You can use these methods to express any large or small number using scientific nota-
tion.

For a video tutorial head to our youtube page .....

Practice Problems

	 1.	 Express each large number using scientific notation.

		  a. 2, 300, 000 =				    b. 45, 000 =
		

		  c. 976, 000, 000, 000, 000=		  d. 1, 120 =
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Practice Problems

	 2.	 Express each small number using scientific notation.

		  a. 0.0012 =					     b. 0.00000326 =

		  c. 0.057 =						     d. 0.00000088 =

	 3. 	 Fill in the missing exponent.

		  a. 324, 000 = 3.24 x 10?		  b. 9, 100, 000 = 9.1 x 10?

		  c. 0.000038 = 3.8 x 10?		  d. 0.0046 = 4.6 x 10?

Section 4: Units of Measurement

International System of Units and the Metric System

The International System of Units, abbreviated SI from the French Système Interna-
tional D’unités, is the main system of 
measurement units used in science. 
Since the 1960s, the International 
System of Units has been interna-
tionally agreed upon as the standard 
metric system. The SI base units are 
based on physical standards. The defi-
nitions of the SI base units have been 
and continue to be modified and new 
base units added as advancements in 
science are made. Each SI base unit 
except the kilogram is described by 
stable properties of the universe.
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There are seven base units, which are listed in Table 
1.2. Chemistry primarily uses five of the base units: 
the mole for amount, the kilogram for mass, the me-
ter for length, the second for time, and the kelvin for 
temperature. The degree Celsius (oC) is also com-
monly used for temperature. The numerical relation-
ship between kelvins and degrees Celsius is as fol-
lows

K = oC + 273

The size of each base unit is defined by international 
convention. For example, the kilogram is defined as 
the quantity of mass of a special metal cylinder kept 
in a vault in France (Figure 1.8). The other base units 
have similar definitions. The sizes of the base units 
are not always convenient for all measurements. For 
example, a meter is a rather large unit for describ-
ing the width of something as narrow as human hair. 
Instead of reporting the diameter of hair as 0.00012 
m or even 1.2 × 10-4 m, SI also provides a series 
of prefixes that can be attached to the units, creat-
ing units that are larger or smaller by powers of 10, 
known as the metric system.

Common prefixes and their multipli-
cative factors are listed in Table 1.3 
“Prefixes Used with SI Units”. (Per-
haps you have already noticed that 
the base unit kilogram is a combina-
tion of a prefix, kilo- meaning 1,000 
×, and a unit of mass, the gram.) 
Some prefixes create a multiple of 
the original unit: 1 kilogram equals 
1,000 grams (or 1 kg = 1,000 g), and 
1 megameter equals 1,000,000 me-
ters (or 1 Mm = 1,000,000 m). Other 
prefixes create a fraction of the orig-
inal unit. Thus, 1 centimeter equals 
1/100 of a meter, 1 millimeter equals 
1/1,000 of a meter, 1 microgram 
equals 1/1,000,000 of a gram, and 
so forth.

Figure 1.8 The Kilogram. The standard for 
the kilogram is a platinum-iridium cylinder 
kept in a special vault in France.  
Source: Wikimedea (https://commons.wiki-
media.org/wiki/File:National_prototype_kilo-
gram_K20_replica.jpg)
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Mass

The basic unit of mass in the International Sys-
tem of Units is the kilogram. A kilogram is equal to 
1000 grams. A gram is a relatively small amount of 
mass and so larger masses are often expressed 
in kilograms. When very tiny amounts of matter 
are measured, we often use milligrams which are 
equal to 0.001 gram. There are numerous larger, 
smaller, and intermediate mass units that may 
also be appropriate. At the end of the 18th centu-
ry, a kilogram was defined as the mass of a liter 
of water. In 1889, a new international prototype of 
the kilogram was made of a platinum-iridium alloy. 
The kilogram is equal to the mass of this interna-
tional prototype, which is held in Paris, France.

Mass and weight are not the same thing. Although we often use the terms mass and 
weight interchangeably, each one has a specific definition and usage. The mass of an 
object is a measure of the amount of matter in it. The mass (amount of matter) of an 
object remains the same regardless of where the object is placed. For example, mov-
ing a brick to the moon does not cause any matter in it to disappear or be removed.

The weight of an object is determined by the force that gravitation exerts upon the 
object.  The weight is equal to the mass of the object times the local acceleration of 
gravity. Thus, on the Earth, weight is determined by the force of attraction between 
the object and the Earth. Since the force of gravity is not the same at every point on 
the Earth’s surface, the weight of an object is not constant. The gravitational pull on 
the object varies depending on where the object is with respect to the Earth or other 
gravity-producing object. For example, a man who weighs 180 pounds on Earth would 
weigh only 45 pounds if he were in a stationary position, 4,000 miles above the Earth’s 
surface. This same man would weigh only 30 pounds on the moon because the moon’s 
gravity is only one-sixth that of Earth. The mass of this man, however, would be the 
same in each situation. For scientific experiments, it is important to measure the mass 
of a substance rather than the weight to retain consistency in the results regardless of 
where you are performing the experiment.

Length

The SI unit of length is the meter. In 1889, the definition of the meter was a bar of 
platinum-iridium alloy stored under conditions specified by the International Bureau of 
Standards. In 1960, this definition of the standard meter was replaced by a definition 
based on a wavelength of krypton-86 radiation. In 1983, that definition was replaced 

https://upload.wikimedia.org/wikipedia/com-
mons/thumb/7/7f/Kitchen_scale_20101110.
jpg/768px-Kitchen_scale_20101110.jpg
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by the following: the meter is the length of the 
path traveled by light in a vacuum during a 
time interval of a second.

Temperature

When used in a scientific context, the words 
heat and temperature do NOT mean the same 
thing. Temperature represents the average 
kinetic energy of the particles that make up a 
material. Increasing the temperature of a ma-
terial increases its thermal energy. Thermal 
energy is the sum of the kinetic and potential 
energy in the particles that make up a materi-
al. Objects do not “contain” heat; rather they 
contain thermal energy. Heat is the movement 
of thermal energy from a warmer object to a 
cooler object. When thermal energy moves from 
one object to another, the temperature of both 
objects change.

A thermometer is a device that measures tem-
perature. The name is made up of “thermo” which means heat and “meter” which 
means to measure. The temperature of a substance is directly proportional to the aver-
age kinetic energy it contains. In order for the average kinetic energy and temperature 
of a substance to be directly proportional, it is necessary that when the temperature is 
zero, the average kinetic energy must also be zero. It was necessary for use in calcu-
lations in science for a third temperature scale in which zero degrees corresponds with 
zero kinetic energy, that is, the point where molecules cease to move. This tempera-
ture scale was designed by Lord Kelvin. Lord Kelvin stated that there is no upper limit 
of how hot things can get, but there is a limit as to how cold things can get. In 1848, 
William Lord Kelvin developed the idea of absolute zero, which is the temperature at 
which molecules stop moving and therefore, have zero kinetic energy. This is known as 
the Kelvin temperature scale.

The Celsius scale is based on the freezing point and boiling point of water. Thus, 0oC is 
the freezing point of water, whereas 100oC is the boiling point of water. Most of us are 
familiar with temperatures that are below the freezing point of water. It should be ap-
parent that even though the air temperature may be -5oC, the molecules of air are still 
moving (i.e. 0oC is not absolute zero). Substances like oxygen gas and nitrogen gas 
have already melted and boiled to vapor at temperatures below -150oC.

Photograph of Lord Kelvin
https://en.wikipedia.org/wiki/William_Thom-
son,_1st_Baron_Kelvin#/media/File:Lord_Kel-
vin_photograph.jpg
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The Fahrenheit scale is also defined by the freezing point and boiling points of water.  
However, the scale is different from that of the Kelvin and Celsius scales. In the Fahr-
enheit scale, the freezing point of water is 32oF and the boiling point of water is 212oF. 
To convert between the Fahrenheit scale and the Celsius scale the following conver-
sions can be used:
          

[oC] = ([oF] -32) ×  5/9        or        [oF] = [oC] ×  9/5 + 32
The Kelvin temperature scale has its zero at absolute zero (determined to be 
-273.15oC), and uses the same degree scale as the Celsius scale. Therefore, the 
mathematical relationship between the Celsius scale and the Kelvin scale is

K = oC + 273.15
In the case of the Kelvin scale, the degree sign is not used. Temperatures are ex-
pressed simply as 450 K, and are always positive.

Time

The SI unit for time is the second. The second was originally defined as a tiny fraction 
of the time required for the Earth to orbit the Sun. It has since been redefined several 
times. The definition of a second (established in 1967 and reaffirmed in 1997) is: the 
duration of 9,192,631,770 periods of the radiation corresponding to the transition be-
tween the two hyperfine levels of the ground state of the cesium-133 atom.

Amount

Chemists use the term mole to 
represent a large number of atoms 
or molecules. Just as a dozen 
implies 12 things, a mole (mol) 
represents 6.022 × 1023 things. 
The number 6.022 × 1023, called 
Avogadro’s number after the 
19th-century chemist Amedeo 
Avogadro, is the number we use 
in chemistry to represent mac-
roscopic amounts of atoms and 
molecules. Thus, if we have 6.022 
× 1023 Oxygen atoms, we say we 
have 1 mol of Oxygen atoms. If 
we have 2 mol of Na atoms, we 
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have 2 × (6.022 × 1023) Na atoms, or 1.2044 × 1024 Na atoms. Similarly, if we have 0.5 
mol of benzene (C6H6) molecules, we have 0.5 × (6.022 × 1023) C6H6 molecules, or 
3.011 × 1023 C6H6 molecules.

Derived SI Units

Derived units are combinations of SI base units. Units can be multiplied and divided, 
just as numbers can be multiplied and divided. For example, the area of a square hav-
ing a side of 2 cm is 2 cm × 2 cm, or 4 cm² (read as “four centimeters squared” or “four 
square centimeters”). Notice that we have squared a length unit, the centimeter, to get 
a derived unit for area, the square centimeter.

Volume

Volume is an important quantity 
that uses a derived unit. Volume is 
the amount of space that a given 
substance occupies and is defined 
geometrically as length × width × 
height. Each distance can be ex-
pressed using the meter unit, so 
volume has the derived unit m × m 
× m, or m³ (read as “meters cubed” 
or “cubic meters”). A cubic meter is 
a rather large volume, so scientists 
typically express volumes in terms 
of 1/1,000 of a cubic meter. This unit 
has its own name—the liter (L). A 
liter is a little larger than 1 US quart 
in volume. (Table 1.4) gives approxi-
mate equivalents for some of the units used in chemistry.) As shown in Figure 1.9 “The 
Liter”, a liter is also 1,000 cm³. By definition, there are 1,000 mL in 1 L, so 1 milliliter 
and 1 cubic centimeter represent the same volume.

1 mL = 1 cm3

Energy

Energy, another important quantity in chemistry, is the ability to perform work. Moving 
a box of books from one side of a room to the other side, for example, requires energy. 
It has a derived unit of kg·m2/s². (The dot between the kg and m² units implies the units 

Figure 1.9:  The Liter.  A liter is defined as a cube that is 10 cm 
(1/10th of a meter) on a side.  A milliliter, 1/1000th of a liter, is 
equal to 1 cubic centimeter (1 cm3).
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are multiplied together and then the 
whole term is divided by s².) Because 
this combination is cumbersome, this 
collection of units is redefined as a 
joule (J), which is the SI unit of ener-
gy. An older unit of energy, the calorie 
(cal), is also widely used. There are:

4.184 J = 1 cal

Note that this differs from our common 
use of the big ‘Calorie’or ‘Cal’ listed on 
food packages in the United States. 
The big ‘Cal’ is actually a kilocalorie or 
kcal  (Fig 1.10)  Note that all chemical 
processes or reactions occur with a simultaneous change in energy and that energy 
can be stored in chemical bonds.

Density

Density is defined as the mass of an object divided by its volume; it describes the 
amount of matter contained in a given amount of space.

density=mass/volume

Thus, the units of density are the units of mass divided by the units of volume: g/cm³ or 
g/mL (for solids and liquids, respectively), g/L (for gases), kg/m³, and so forth. For ex-
ample, the density of water is about 1.00 g/mL, while the density of mercury is 13.6 g/
mL. Mercury is over 13 times as dense as water, meaning that it contains over 13 times 
the amount of matter in the same amount of space. The density of air at room tempera-
ture is about 1.3 g/L.

Section 5: Making Measurements in the Lab

Precision vs. Accuracy

It is important to note the different terminology we use when talking in science. One 
such set of terminology is precision and accuracy. Although precision and accuracy are 
often used interchangeably in the non-scientific community, the difference between the 
terms is extremely important to realize. Precision tells you how close two measure-
ments are to one another, while accuracy tells you how close a measurement is to the 

Figure 1.10: The Difference between kilocalories in Scientific 
and Common Use.  Calories represented on food packaging 
actually refer to kilocalories in scientific terms.
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known value. A measurement can be precise while not being accurate, or accurate but 
not precise; the two terms are NOT related. A good analogy can be found in a game 
of darts (Fig. 1.11). A player who always hits the same spot just to the left of the dart 
board would be precise but not 
very accurate. However, a dart 
player who is all over the board 
but hits the center of the board on 
average would be accurate but not 
precise. A good darts player, just 
like a good scientist, wants to be 
both precise and accurate.

Typically within the laboratory, 
accuracy is a measure of how well 
your equipment is calibrated. For 
example, if your balance is not 
calibrated correctly, you can make 
very precise, repeated measure-
ments, but the measurements will 
not represent the true value. Precision, on the otherhand, is usually determined by how 
careful the scientist is in making measurements. If you are careless and spill part of 
your sample on the way, your measurements in repeated experiments will not be pre-
cise even if your balance is accurate.

Significant Figures

It is important to realize that values in scientific measurements are never 100% accu-
rate. Our instruments only measure to a certain level of accuracy. Thus, we can pick 
different instruments to make a measurement based upon the level of accuracy we 
need for the experiment. Due to the inherent inaccuracy in any measured number we 
must keep track of the different levels of accuracy each number has with significant 
figures. Significant figures of a measured quantity are defined as all the digits known 
with certainty and the first uncertain, or estimated, digit. It makes no sense to report 
any digits after the first uncertain one, so it is the last digit reported in a measurement. 
Zeros are used when needed to place the significant figures in their correct positions. 
Thus, zeros may or may not be significant figures. Significant figures apply in the real 
world, as they allow us to quantify the accuracy of any type of measurement. To iden-
tify how many numbers in a measurement have significance, you can follow a discreet 
set of rules, shown below.

Figure 1.11: Difference Between Accuracy and Precision.  A game 
of darts can be used to show the difference between accuracy and 
precision.



22

Rules for Significant Figures
1.   Trailing zeros at the end of a number, but to the left of the decimal 
place can act as the placeholders and may or may  not be significant. 

Example:   39,800
May have 3, 4, or 5 significant figures! 

The researcher that made the measurement must tell you!

2.     All non-zero digits are significant 
                                      

Example: 171 
has 3 significant figures

3    Trapped zeroes between non-zero digits are significant 

Example: 1,007
has 4 significant digits 

4.      Leading zeros are not significant 

Example: 0.0017 
has only 2 significant figures, the zeros to the left of numbers are consid-

ered placeholders

5.       Trailing zeroes are significant after a decimal 

Example: 17.00 
has 4 significant figures

6.     When numbers are in scientific notation all the numbers are shown 		
	 are significant 

Example: 1.70 X 103
has 3 significant figures.

7.      A decimal point at the end of a whole number indicates all values to 		
	 the left of the decimal are significant. 

              Example: 100.                             Example: 100.0           
        has 3 significant figures                   has 4 significant figures 
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Exact Numbers 

Exact numbers are numbers that are not measured by a scientific instrument. They 
are either used as definitions to define a concept or terminology, or they are made by 
counting the total of something present. An example of an exact number, would be the 
number of eggs in a carton or a defined unit such as there are 100 cm in 1 m. Exact 
numbers, such as the number of people in a room, DO NOT affect the number of sig-
nificant figures in calculations made with measured values.

Rules of Rounding

In scientific operations, the 
rules of rounding may be a 
little bit different than the ones 
you are used to using. Normal 
rounding rules suggest that if a 
number is 4 or below, it should 
be rounded down to the lower 
number, whereas if it is 5 or 
higher, it should be rounded 
up.  However, note that 5 is 
right in the middle and causes 
a problem when using these 
conventional rounding rules. 
If you have a large dataset 
of numbers that you need to 
round, using this rounding rule 
will lead to bias in your dataset 
(i.e. 4/9th of the time you will 
be rounding down, and 5/9th 
of the time you will be round-
ing up). In a large dataset, this 
bias is unacceptable.

In Scientific Rounding, we typ-
ically use a rule called ‘Round-
ing to the Even.’ In this round-
ing system the rules are the 
same for 4 and below, you round down to the lower number, and for 6 and above you 
round up to the higher number. However, if the number you are rounding is 5, then you 
round to the even number. This helps to alleviate the sample bias that can occur when 
rounding large datasets.

Rules of Rounding 

The rules used in this course for rounding 
numbers are known as “rounding to the 
evens”, and are implemented as follows:

1. Increase the final digit by one unit if the 
digit dropped is 6 or greater.
2. Leave the final digit unchanged if the dig-
it dropped is 4 or lower.
3. If the number to be dropped is exactly 5 
(with no other numbers following it), then 
the preceding number, if it is odd, is in-
creased by one. If the preceding number is 
even, it remains the same.

Example:
Round 26.65 to three significant figures.

Solution:
When you look at the 4th digit, it is a 5.  So 
now you must look at the 3rd digit.  In this 
case it is even, so you would round to the 
even and the final answer would be 26.6
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Think About This
1.  An oceanographer needs to go out in a boat to collect an important tem-
perature and salinity data logger that is attached to an underwater buoy. How 
does each of the following situations illustrate the differences between preci-
sion and accuracy?

a. The oceanographer checks the weather forecast the night before her trip so 
she knows what to wear on the boat. The TV forecaster says it will be between 
26 and 31 degrees (°) Celsius (C) at noon the next day. The actual temperature 
reading the next day on the boat at noon is 28oC. 

b. When the oceanographer uses her Global Positioning System (GPS) indi-
cates that she is at the location of the underwater buoy, she anchors the boat 
and jumps in the water to collect the data logger. However, she can’t see the 
buoy. The other GPS units belonging to her colleagues on the boat also indi-
cate that they are at the correct location. After an extensive search, the ocean-
ographer finds the buoy 50 meters (m) from the boat. 

c.  While on the way back to shore, the oceanographer throws in a fishing line 
to see if she can catch anything for dinner. She is lucky enough to catch a ma-
hi-mahi. When she pulls it out of the water, her colleagues estimate the weight 
of the fish. Their estimates are 16.1 kilograms (kg), 16.8 kg, and 15.9 kg. When 
they weigh the fish upon returning to shore, the actual weight is 18.2 kg.

2.  Write your own scenario illustrating the difference between accuracy and 
precision. Swap your scenario with a classmate. Identify your classmate’s 
scenario measurements as accurate or inaccurate and precise or imprecise.
     
 a. A dart player can see how accurate his or her dart throws are by comparing 
the location of the thrown darts to the target, the bulls-eye of the dartboard.

b. How is this model different from scientists who are measuring a natural 
phenomenon? 

c. Is there a way for scientists to determine how accurate their measurements 
are? Explain your answer
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Calculations with Significant Figures

The first thing to realize before performing any calculations in science is that all mea-
sured numbers are only as good as the instrument used to measure them. Even with 
the best instrument available the measured number will never be 100% exact. Scien-
tists use the “good enough” rule of precision, meaning that we accept an inherent 
amount of imprecision from every measurement we take as long as the final result is 
close enough to where we want it to be. This concept becomes dangerous when we 
begin to use these “good enough” numbers for any calculations, if we aren’t careful to 
keep track of our significant figures our numbers can quickly lose their “good enough” 
status. To protect their “good enough” numbers, the scientific community has set forth 
certain rules for performing any calculations; in this section we need only concern our-
selves with two very important rules: the Addition/Subtraction rule, and the Multiplica-
tion/Division rule.

Addition/Subtraction Rule:

1.	 Find the number with the least number of decimals and keep track of the number 		
	 of decimal places

2.	 Perform the addition/subtraction

3.	 Round the final answer to the least number of decimals found in Step 1
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Multiplication/Division Rule:

1.	 Count the number of significant figures in each number (keep track of the num-
ber 		  of significant figures)

2.	 Perform the multiplication/division

3.	 Round final answer to the lowest number of significant figures found in step 1
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Calculating Complicated Problems:

1.	 Using the order of operations, break the problem up into multiple steps

2.	 Perform any addition/subtraction steps following the Addition/Subtraction rule (Do 	
	 not round yet, just keep track of the correct number of decimals when finding the 		
	 number of significant figures)

3.	 Perform multiplication/division using the Multiplication/Division rule

4.	 Round the final answer to the correct number of significant figures

Conversions and the Importance of Units

The ability to convert from one unit to another is an important skill. For example, a 
nurse with 50 mg aspirin tablets who must administer 0.2 g of aspirin to a patient, 
needs to know that 0.2 g equals 200 mg, so that 4 tablets are needed. Fortunately, 
there is a simple way to convert from one unit to another.

Conversion Factors

If you learned the SI units and prefixes described in Section 1.4 Units of Measure-
ment”, then you know that 1 cm is 1/100th of a meter or:

100 cm = 1 m

Suppose we divide both sides of the equation by 1 m (both the number and the unit; 
Note that it is critically important to always write out your units!  This avoids confusion 
and mistakes when making conversions.):

As long as we perform the same operation on both sides of the equals sign, the ex-
pression remains an equality. Look at the right side of the equation; it now has the 
same quantity in the numerator (the top) as it has in the denominator (the bottom). Any 
fraction that has the same quantity in the numerator and the denominator has a value 
of 1:

We know that 100 cm is 1 m, so we have the same quantity on the top and the bottom 
of our fraction, although it is expressed in different units. A fraction that has equivalent 
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quantities in the numerator and the denominator but expressed in different units is 
called a conversion factor

Note that conversion factors can be written with either term in the numerator or denom-
inator, and used as appropriate for the problem that you want to solve. This is because, 
both terms are equal to 1

Here is a simple example. How many centimeters are there in 3.55 m? Perhaps you 
can determine the answer in your head. If there are 100 cm in every meter, then 3.55 
m equals 355 cm. To solve the problem more formally with a conversion factor, we first 
write the quantity we are given, 3.55 m. Then we multiply this quantity by a conversion 
factor, which is the same as multiplying it by 1. We can write 1 as 100cm/1m and multi-
ply:

Because m, the abbreviation for meters, occurs in both the numerator and the denom-
inator of our expression, they cancel out. The final step is to perform the calculation 
that remains once the units have been canceled. Note that it is CRITICAL to retain the 
right units in the final answer or it will not make sense. A generalized description of this 
process is as follows:  

quantity (old units) × conversion factor = quantity (new units)

You may be wondering why we use a seemingly complicated procedure for a straight-
forward conversion. In later studies, the conversion problems you will encounter will not 
always be so simple. If you can master the technique of applying conversion factors, 
you will be able to solve a large variety of problems.



29

In the previous example, we used the fraction 100 cm/1 m as a conversion factor. Does 
the conversion factor 1 m/100 cm also equal 1? Yes, it does; it has the same quantity in 
the numerator as in the denominator (except that they are flip-flopped). Why did we not 
use that conversion factor? If we had used the second conversion factor, the original 
unit would not have canceled, and the result would have been meaningless. Here is 
what we would have gotten:               

INCORRECT USE OF CONVERSION FACTOR!!

You can see that none of the units cancelled out. For the answer to be meaningful, we 
have to construct the conversion factor in a form that causes the original unit to can-
cel out. Figure 1.12 “A Concept Map for Conversions” shows a concept map for con-
structing a proper conversion. 

Figure 1.12 A Concept Map for Conversions. This is how you construct a conversion factor to convert from one 
unit to another.
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Section 6: Chapter Summary

Chemistry is the study of matter, which is anything that has mass and takes up space. 
Chemistry is one branch of science, which is the study of the natural universe. Chem-
istry relies on the scientific method, which is a process of learning about the world 
around us. In the scientific method, a guess or hypothesis is tested through experiment 
and measurement.

Matter can be described in a number of ways. Physical properties describe character-
istics of a sample that do not change the chemical identity of the material (size, shape, 
color, and so on), while chemical properties describe how a sample of matter changes 
its chemical composition. A substance is any material that has the same physical and 
chemical properties throughout. 

An element is a substance that cannot be broken down into chemically simpler compo-
nents. The smallest identifiable piece of an element is an atom. A substance that can 
be broken down into simpler chemical components is a compound. The smallest chem-
ically identifiable piece of a compound is a molecule. 

Two or more substances combine physically to make a mixture. If the mixture is com-
posed of discrete regions that maintain their own identity, the mixture is a heteroge-
neous mixture. If the mixture is so thoroughly mixed that the different components are 
evenly distributed throughout, it is a homogeneous mixture. A special type of homoge-
neous mixture where the different components cannot be seen by the naked eye is a 
solution. 

Substances can also be described by their phase: solid, liquid, or gas.

Scientists learn about the universe by making measurements of quantities, which con-
sist of numbers (how many) and units (of what). The numerical portion of a quantity 
can be expressed using scientific notation, which is based on powers, or exponents, of 
10. Large numbers have positive powers of 10, while numbers less than 1 have nega-
tive powers of 10. 

The proper reporting of a measurement requires proper use of significant figures, 
which are all the known digits of a measurement plus the first estimated digit. The num-
ber of figures to report in the result of a calculation based on measured quantities de-
pends on the numbers of significant figures in those quantities. 

For addition and subtraction, the number of significant figures is determined by posi-
tion; for multiplication and division, it is decided by the number of significant figures in 
the original 
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measured values. Nonsignificant digits are dropped from a final answer in accordance 
with the rules of rounding, or Rounding to the Even.

Chemistry uses SI, a system of units based on seven basic units. The most important 
ones for chemistry are the units for length, mass, amount, time, and temperature. 

Basic units can be combined with numerical prefixes to change the size of the units. 
They can also be combined with other units to make derived units, which are used to 
express other quantities such as volume, density, or energy. 

A formal conversion from one unit to another uses a conversion factor, which is con-
structed from the relationship between the two units. Numbers in conversion factors 
may affect the number of significant figures in a calculated quantity, depending on 
whether the conversion factor is exact. Conversion factors can be applied in separate 
computations, or several can be used at once in a single, longer computation.
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Practice Problem Answer Key:

Section 2:

1. 	 Science is a process by which we learn about the natural universe by observing, 		
	 testing and then generating models that explain our observations. Chemistry is 		
	 the study of matter and how it behaves

2. 	 The scientific method is the general process by which we learn about the natural 		
	 universe.

Section 3:

1. 	 a. 2.3 x 106		 b. 4.5 x 104		 c. 9.76 x 1014	 d. 1.12 x 103

2.	 a. 1.2 x 10-3	 b. 3.26 x 10-6	 c. 5.7 x 10-2		 d. 8.8 x 10-7

3.	 a. 5			   b. 6			   c. -5			   d. -3
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Glossary
A
Absolute zero  17
Accuracy  21
Atom  6
Avogadro’s number  18

C
Chemical properties  5
Compound  5

D
Density  20

E
Element  5
Energy  19

G
Gases  8
“good enough” rule of precision  25

H
Heat  17
Heterogeneous mixtures  7
Homogeneous mixtures  7
Hypothesis  10

I
International System of Units  14

K
Kilogram  15

L
Liquids  8
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M
Mass  16
Meter  16
Mixture  7
Mole  18
Molecule  6

P
Phase change  9
Physical Changes  5
Physical properties  5
Precision  21

S
Significant figures  21
Solid  8
Solutions  8
Substance  5

T
Temperature  17
Theory  10
Thermometer  17

V
Volume  19

W
Weight  16
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