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1: CHAPTER 1 - MATTER 

1.1: What is chemistry 

1.2: States of matter 

1.3: Classification of Matter 

1.4: Physical and Chemical Properties 

1.5: Chemical Elements and Symbols 

1.6: Chemical Equations 
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1.1: What is chemistry 

• Outline the historical development of chemistry 
• Provide examples of the importance of chemistry in everyday life 
• Describe the scientific method and informs the scientific process 

Throughout human history, people have tried to convert matter into more useful forms. Our Stone Age ancestors chipped 
pieces of flint into useful tools and carved wood into statues and toys. These endeavors involved changing the shape of a 
substance without changing the substance itself. But as our knowledge increased, humans began to change the composition of 
the substances as well—clay was converted into pottery, hides were cured to make garments, copper ores were transformed into 
copper tools and weapons, and grain was made into bread. 

Humans began to practice chemistry when they learned to control fire and use it to cook, make pottery, and smelt metals. 
Subsequently, they began to separate and use specific components of matter. A variety of drugs such as aloe, myrrh, and 
opium were isolated from plants. Dyes, such as indigo and Tyrian purple, were extracted from plant and animal matter. Metals 
were combined to form alloys—for example, copper and tin were mixed together to make bronze—and more elaborate smelting 
techniques produced iron. Alkalis were extracted from ashes, and soaps were prepared by combining these alkalis with fats. 
Alcohol was produced by fermentation and purified by distillation. 

Attempts to understand the behavior of matter extend back for more than 2500 years. As early as the sixth century BC, Greek 
philosophers discussed a system in which water was the basis of all things. You may have heard of the Greek postulate that matter 
consists of four elements: earth, air, fire, and water. Subsequently, an amalgamation of chemical technologies and philosophical 
speculations were spread from Egypt, China, and the eastern Mediterranean by alchemists, who endeavored to transform “base 
metals” such as lead into “noble metals” like gold, and to create elixirs to cure disease and extend life (Figure 1). 

Figure 1: This portrayal shows an alchemist’s workshop circa 1580. Although alchemy made some useful contributions to how to manipulate 
matter, it was not scientific by modern standards. (credit: Chemical Heritage Foundation). 

From alchemy came the historical progressions that led to modern chemistry: the isolation of drugs from natural sources, 
metallurgy, and the dye industry. Today, chemistry continues to deepen our understanding and improve our ability to harness and 
control the behavior of matter. This effort has been so successful that many people do not realize either the central position of 
chemistry among the sciences or the importance and universality of chemistry in daily life. 

Learning Objectives 
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Chemistry: The Central Science 

Chemistry is sometimes referred to as “the central science” due to its interconnectedness with a vast array of other STEM 
disciplines (STEM stands for areas of study in the science, technology, engineering, and math fields). Chemistry and the language 
of chemists play vital roles in biology, medicine, materials science, forensics, environmental science, and many other fields (Figure 
2). The basic principles of physics are essential for understanding many aspects of chemistry, and there is extensive overlap 
between many sub disciplines within the two fields, such as chemical physics and nuclear chemistry. Mathematics, computer 
science, and information theory provide important tools that help us calculate, interpret, describe, and generally make sense 
of the chemical world. Biology and chemistry converge in biochemistry, which is crucial to understanding the many complex 
factors and processes that keep living organisms (such as us) alive. Chemical engineering, materials science, and nanotechnology 
combine chemical principles and empirical findings to produce useful substances, ranging from gasoline to fabrics to electronics. 
Agriculture, food science, veterinary science, and brewing and wine making help provide sustenance in the form of food and drink 
to the world’s population. Medicine, pharmacology, biotechnology, and botany identify and produce substances that help keep 
us healthy. Environmental science, geology, oceanography, and atmospheric science incorporate many chemical ideas to help us 
better understand and protect our physical world. Chemical ideas are used to help understand the universe in astronomy and 
cosmology. 

Figure 2: Knowledge of chemistry is central to understanding a wide range of scientific disciplines. This diagram shows just some of the 
interrelationships between chemistry and other fields. 

What are some changes in matter that are essential to daily life? Digesting and assimilating food, synthesizing polymers that are 
used to make clothing, containers, cookware, and credit cards, and refining crude oil into gasoline and other products are just a 
few examples. As you proceed through this course, you will discover many different examples of changes in the composition and 
structure of matter, how to classify these changes and how they occurred, their causes, the changes in energy that accompany 
them, and the principles and laws involved. As you learn about these things, you will be learning chemistry, the study of the 
composition, properties, and interactions of matter. The practice of chemistry is not limited to chemistry books or laboratories: It 
happens whenever someone is involved in changes in matter or in conditions that may lead to such changes. 

The Scientific Method 

Chemistry is a science based on observation and experimentation. Doing chemistry involves attempting to answer questions 
and explain observations in terms of the laws and theories of chemistry, using procedures that are accepted by the scientific 
community. There is no single route to answering a question or explaining an observation, but there is an aspect common to 
every approach: Each uses knowledge based on experiments that can be reproduced to verify the results. Some routes involve 
a hypothesis, a tentative explanation of observations that acts as a guide for gathering and checking information. We test a 
hypothesis by experimentation, calculation, and/or comparison with the experiments of others and then refine it as needed. 

Some hypotheses are attempts to explain the behavior that is summarized in laws. The laws of science summarize a vast 
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number of experimental observations, and describe or predict some facet of the natural world. If such a hypothesis turns out 
to be capable of explaining a large body of experimental data, it can reach the status of a theory. Scientific theories are well-
substantiated, comprehensive, testable explanations of particular aspects of nature. Theories are accepted because they provide 
satisfactory explanations, but they can be modified if new data become available. The path of discovery that leads from question 
and observation to law or hypothesis to theory, combined with experimental verification of the hypothesis and any necessary 
modification of the theory, is called the scientific method (Figure 3). 

Figure 3: The scientific method follows a process similar to the one shown in this diagram. All the key components are shown, in roughly the 
right order. Scientific progress is seldom neat and clean: It requires open inquiry and the reworking of questions and ideas in response to 

findings. 

Key Takeaway 

• Chemistry deals with the composition, structure, and properties of matter, and the ways by which various forms of matter 
may be inter converted. 

• Chemists use the scientific method to perform experiments, pose hypotheses, and formulate laws and develop theories, so 
that they can better understand the behavior of the natural world. 

• Chemists measure, analyze, purify, and synthesize a wide variety of substances that are important to our lives. 

Contributors and Attributions 

• Paul Flowers (University of North Carolina - Pembroke), Klaus Theopold (University of Delaware) and Richard Langley 
(Stephen F. Austin State University) with contributing authors. Textbook content produced by OpenStax College is licensed 
under a Creative Commons Attribution License 4.0 license. Download for free at http://cnx.org/contents/
85abf193-2bd...a7ac8df6@9.110). 

This page titled 1.1: What is chemistry is shared under a license and was authored, remixed, and/or curated by LibreTexts. 

• 1.1: Chemistry in Context by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e. 
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1.2: States of matter 

• List the three states of matter and give examples of each. 
• Describe the properties of each state of matter. 
• Identify and describe each type of change in state. 

States of Matter 

Under normal conditions, there are three distinct states of matter: solids, liquids, and gases. Solids are relatively rigid and have 
fixed shapes and volumes. A rock, for example, is a solid. In contrast, liquids have fixed volumes but flow to assume the shape 
of their containers, such as a beverage in a can. Gases, such as air in an automobile tire, have neither fixed shapes nor fixed 
volumes and expand to completely fill their containers. Whereas the volume of gases strongly depends on their temperature and 
pressure (the amount of force exerted on a given area), the volumes of liquids and solids are virtually independent of temperature 
and pressure. Matter can often change from one physical state to another in a process called a physical change. For example, 
liquid water can be heated to form a gas called steam, or steam can be cooled to form liquid water. However, such changes of 
state do not affect the chemical composition of the substance. 

Figure 1: The three common states of matter. From the left, they are solid, liquid, and gas, represented by an ice sculpture, a drop of water, and 
the air around clouds, respectively. Images used with permission from Wikipedia. 

The state of a substance depends on the balance between the kinetic energy of the individual particles (molecules or atoms) and 
the intermolecular forces. The kinetic energy keeps the molecules apart and moving around, and is a function of the temperature 
of the substance. The intermolecular forces are attractive forces that try to draw the particles together (Figure 2). Gasses are very 
sensitive to temperatures and pressure. However, these also affect liquids and solids too. Heating and cooling can change the 
kinetic energy of the particles in a substance, and so, we can change the physical state of a substance by heating or cooling 
it. Increasing the pressure on a substance forces the molecules closer together, which increases the strength of intermolecular 
forces. 

Learning Outcomes 
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liquid solid 

Figure 2: The Three States of Matter. Solids have a defined shape and volume. Liquids have a fixed volume but flow to assume the shape of 
their containers. Gases completely fill their containers, regardless of volume. 

Table 1: Characteristics of each Phase of Matter 

Gas Liquid Solid 

Shape 
no definite shape (takes the shape of its 

container) 
no definite shape (takes the shape of its 

container) 
definite shape 

(rigid) 

Volume 
particles move in random motion with 

little or no attraction to each other 
has definite volume definite volume 

Mobility 
particles move in random motion with 

little or no attraction to each other 
particles are free to move over each other, 

but are still attracted to each other 
particles vibrate 

around fixed axes 

Compressibility highly compressible weakly compressible 
weakly 

compressible 

Technically speaking a fourth state of matter called plasma exists, but it does not naturally occur on earth, so we will 
omit it from our study here. 

Changing States 

Matter constantly goes through cycles that involve changing states (also called change phases). Water and all the elements 
important to organisms, including carbon and nitrogen, are constantly recycled on Earth. As matter moves through its cycles, it 
changes state repeatedly. For example, in the water cycle, water repeatedly changes from a gas to a liquid or solid and back to a 
gas again. How does this happen? 

Adding energy to matter gives its atoms or molecules the ability to resist some of the forces holding them together. For example, 
heating ice to its melting point gives its molecules enough energy to move. The ice melts and becomes liquid water. Similarly, 
heating liquid water to its boiling point gives its molecules enough energy to pull apart from one another so they no longer have 
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contact. The liquid water vaporizes and becomes water vapor. 

Figure 2: Matter can move between any two states (or phases) of matter depending on the pressure and temperature conditions. Although the 
figure shows the states for water, these names apply to all substances. Use of the word fusion for melting is based on its Latin roots. 

The temperature of the melting and boiling points depend on the identity of the substance and the atmospheric pressure. Each 
substance has its own boiling and melting points that depend on the properties of the substance, including the strength of its 
intermolecular forces. 

Key Takeaway 

• Three states of matter exist: solid, liquid, and gas. 
• Solids have a definite shape and volume. 
• Liquids have a definite volume, but take the shape of their container. 
• Gases have no definite shape or volume. 

Contributors and Attributions 
• 

• Allison Soult, Ph.D. (Department of Chemistry, University of Kentucky) 

This page titled 1.2: States of matter is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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1.3: Classification of Matter 

Learning Objectives 

• Explain the difference between a pure substance and a mixture. 
• Explain the difference between an element and a compound. 
• Explain the difference between a homogeneous mixture and a heterogeneous mixture. 

One useful way of organizing our understanding of matter is to think of a hierarchy that extends down from the most general 
and complex substances to the simplest and most fundamental (Figure ). At the top of this hierarchy is two broad categories 
into which all matter can be classified: pure substances and mixtures. A pure substance is a form of matter that has a constant 
composition (meaning that all samples of this substance have uniform composition) and properties that are constant throughout 
the sample (meaning that there is only one set of properties such as melting point, color, boiling point, etc. throughout the matter). 
If we take two or more pure substances and physically mix them together, we refer to this as a mixture. A mixture does not have 
constant composition or properties throughout. 

Figure : The Classification of Matter. Matter can be classified in a variety of ways, depending on its properties. 

Elements and compounds are both examples of pure substances. A substance that cannot be broken down into chemically simpler 
components is an element. Oxygen, O, and hydrogen, H, are each examples of elements. A pure substance that can be broken 
down into chemically simpler components (because it made up of more than one element) is a compound. For example, the 
compound water, H2O, is formed when hydrogen and oxygen chemically combine in a fixed ratio of 2 hydrogen atoms for every 1 
oxygen atom. 

Compounds may have different chemical and physical properties from the individual elements that they are composed of. 
Mixtures, on the other hand, are physical blends of two or more components, each of which retains its own identity and 
properties. Mixtures can always be separated again into the component pure substances, because bonding among the atoms of 
the constituent substances does not occur. For example sodium is a soft shiny metal and chlorine is a pungent green gas. These 
two elements chemically combine to form the compound, sodium chloride (table salt) which is a white, crystalline solid having 
none of the properties of either sodium or chlorine. If, however, you mixed table salt with ground pepper, you would still be able 
to see the individual grains of each of them and, if you were patient, you could take tweezers and carefully separate them back 
into pure salt and pure pepper. 

Mixtures fall into two categories, based on the uniformity of their composition (Figure ). The first, called a heterogeneous 
mixture, is distinguished by the fact that different samples of the mixture may have a different composition. For example, if you 
open a container of mixed nuts and pull out a series of small samples and examine them, the exact ratio of peanuts-to-almonds in 
the samples will always be slightly different, no matter how carefully you mix them. Common examples of heterogeneous mixtures 
include dirt, gravel, and vegetable soup. 
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In a homogeneous mixture, on the other hand, any sample that you examine will have exactly the same composition as any 
other sample. Within chemistry, the most common type of homogeneous mixture is a solution which is one substance dissolved 
completely within another. Think of a solution of pure sugar dissolved in pure water. Any sample of the solution that you examine 
will have exactly the same ratio of sugar-to-water, which means that it is a homogeneous mixture. Even in a homogeneous mixture, 
the properties of the components are generally recognizable. Thus, sugar-water tastes sweet (like sugar) and is wet (like water). 
Unlike a compound, which has a fixed, definite ratio, in a mixture the amounts of each component can vary. For example, when you 
add a little sugar to one cup of tea and a lot of sugar to another, each cup will contain a homogeneous mixture of tea and sugar 
but they will have a different ratio of sugar-to-tea and a different taste. If you add so much sugar that some does not dissolve 
and stays on the bottom, however, the mixture is no longer homogeneous, it is heterogeneous; you could easily separate the two 
components (Figure ). 

Example 

Identify each substance as a compound, an element, a heterogeneous mixture, or a homogeneous mixture (solution). 

a. filtered tea 
b. freshly squeezed orange juice 
c. a compact disc 
d. aluminum oxide, a white powder that contains a 2:3 ratio of aluminum and oxygen atoms 
e. selenium 

Given: a chemical substance 

Asked for: its classification 

Strategy: 

A. Decide whether a substance is chemically pure. If it is pure, the substance is either an element or a compound. If a 
substance can be separated into its elements, it is a compound. 

B. If a substance is not chemically pure, it is either a heterogeneous mixture or a homogeneous mixture. If its composition 
is uniform throughout, it is a homogeneous mixture. 

Solution 

a. A) Tea is a solution of compounds in water, so it is not chemically pure. It is usually separated from tea leaves by 
filtration. 
B) Because the composition of the solution is uniform throughout, it is a homogeneous mixture. 

b. A) Orange juice contains particles of solid (pulp) as well as liquid; it is not chemically pure. 
B) Because its composition is not uniform throughout, orange juice is a heterogeneous mixture. 

c. A) A compact disc is a solid material that contains more than one element, with regions of different compositions visible 
along its edge. Hence a compact disc is not chemically pure. 
B) The regions of different composition indicate that a compact disc is a heterogeneous mixture. 

d. A) Aluminum oxide is a single, chemically pure compound. 
e. A) Selenium is one of the known elements. 

Exercise 

Identify each substance as a compound, an element, a heterogeneous mixture, or a homogeneous mixture (solution). 

a. white wine 
b. mercury 
c. ranch-style salad dressing 
d. table sugar (sucrose) 

Answer a: available at the end of this section. 
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Example 

How would a chemist categorize each example of matter? 

a. saltwater 
b. soil 
c. water 
d. oxygen 

Solution 

a. Saltwater acts as if it were a single substance even though it contains two substances—salt and water. Saltwater is a 
homogeneous mixture, or a solution. 

b. Soil is composed of small pieces of a variety of different materials, so it is a heterogeneous mixture. 
c. Water is a substance; more specifically, because water is composed of a fixed ratio hydrogen and oxygen atoms, it is a 

compound. 
d. Oxygen, a substance, is an element. 

Exercise 

How would a chemist categorize each example of matter? 

a. coffee 
b. hydrogen 
c. an egg 

Answer a: available at the end of this section. 

Key Takeaway 

• Matter can be classified into two broad categories: pure substances and mixtures. 
• A pure substance is a form of matter that has a constant composition and properties that are constant throughout the 

sample. 
• Elements and compounds are both examples of pure substances. Compounds are substances that are made up of more than 

one type of atom. Elements are the simplest substances made up of only one type of atom. 
• Mixtures are physical combinations of two or more elements and/or compounds. 
• Mixtures can be classified as homogeneous or heterogeneous. 

Contributors and Attributions 

This page was constructed from content via the following contributor(s) and edited (topically or extensively) by the LibreTexts 
development team to meet platform style, presentation, and quality: 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 

• Paul R. Young, Professor of Chemistry, University of Illinois at Chicago, Wiki: AskTheNerd; PRY﹫ askthenerd.com - pyoung﹫ 
uic.edu; ChemistryOnline.com 

Answers 
homogeneous mixture (solution) 
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element 

heterogeneous mixture 

compound 

Coffee, assuming it is filtered, is a variety of substances dissolved in water, therefore, it is a homogeneous mixture, or a solution. 

Hydrogen is a known element. 

An egg is composed of many different substances with different compositions between the yolk and white, it is a heterogeneous mixture. 

This page titled 1.3: Classification of Matter is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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1.4: Physical and Chemical Properties 

• To separate physical from chemical properties and changes 

All matter has physical and chemical properties. Physical properties are characteristics that scientists can measure without 
changing the composition of the sample under study, such as mass, color, and volume (the amount of space occupied by a 
sample). Chemical properties describe the characteristic ability of a substance to react to form new substances; they include its 
flammability and susceptibility to corrosion. All samples of a pure substance have the same chemical and physical properties. For 
example, pure copper is always a reddish-brown solid (a physical property) and always dissolves in dilute nitric acid to produce a 
blue solution and a brown gas (a chemical property). 

Physical properties can be extensive or intensive. Extensive properties vary with the amount of the substance and include mass, 
weight, and volume. Intensive properties, in contrast, do not depend on the amount of the substance; they include color, melting 
point, boiling point, electrical conductivity, and physical state at a given temperature. For example, elemental sulfur is a yellow 
crystalline solid that does not conduct electricity and has a melting point of 115.2 °C, no matter what amount is examined (Figure 

). Scientists commonly measure intensive properties to determine a substance’s identity, whereas extensive properties 
convey information about the amount of the substance in a sample. 

Figure : The Difference between Extensive and Intensive Properties of Matter. Because they differ in size, the two samples of sulfur have 
different extensive properties, such as mass and volume. In contrast, their intensive properties, including color, melting point, and electrical 

conductivity, are identical. 

Physical Property and Change 

Physical changes are changes in which no chemical bonds are broken or formed. This means that the same types of compounds 
or elements that were there at the beginning of the change are there at the end of the change. Because the ending materials 
are the same as the beginning materials, the properties (such as color, boiling point, etc) will also be the same. Physical changes 
involve moving molecules around, but not changing them. Some types of physical changes include: 

• Changes of state (changes from a solid to a liquid or a gas and vice versa) 
• Separation of a mixture 
• Physical deformation (cutting, denting, stretching) 
• Making solutions (special kinds of mixtures) . 

As an ice cube melts, its shape changes as it acquires the ability to flow. However, its composition does not change. Melting is 
an example of a physical change (Figure ), since some properties of the material change, but the identity of the matter does 
not. Physical changes can further be classified as reversible or irreversible. The melted ice cube may be refrozen, so melting is 
a reversible physical change. Physical changes that involve a change of state are all reversible. Other changes of state include 

Learning Objectives 
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vaporization (liquid to gas), freezing (liquid to solid), and condensation (gas to liquid). Dissolving is also a reversible physical 
change. When salt is dissolved into water, the salt is said to have entered the aqueous state. The salt may be regained by boiling 
off the water, leaving the salt behind. 

Figure : Ice Melting is a physical change. When solid water ( ) as ice melts into a liquid (water), it appears changed. 
However, this change is only physical as the the composition of the constituent molecules is the same: 11.19% hydrogen and 

88.81% oxygen by mass. 

Chemical Properties and Change 

Chemical changes occur when bonds are broken and/or formed between molecules or atoms. This means that one substance 
with a certain set of properties (such as melting point, color, taste, etc) is turned into a different substance with different 
properties. Chemical changes are frequently harder to reverse than physical changes. 

One good example of a chemical change is burning paper. In contrast to the act of ripping paper, the act of burning paper actually 
results in the formation of new chemicals (carbon dioxide and water, to be exact). 

The synthesis (forming) of water (H2O) from hydrogen gas (H2) and oxygen gas (O2) is another example of chemical change. Each 
molecule contains two atoms of hydrogen and one atom of oxygen chemically bonded. A simplified diagram of this reaction is 
shown below. The chemical bonds between O in O2 and between H in H2 are broken and new bonds between H and O (to form 
H2O) are formed. A chemical change has taken place. 

The decomposition (breakdown) of hydrogen peroxide (H2O2) to form water (H2O) and oxygen gas (O2) is an example of chemical 
change. A simplified diagram of this reaction is shown in below. The chemical bonds between O and H in H2O2 are broken and 
new bonds between H and O (to form H2O) and between O and O (to form O2) are formed. A chemical change has taken place. 
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Another example of a chemical change is what occurs when natural gas is burned in your furnace. This time, before the reaction 
we have a molecule of methane, , and two molecules of oxygen, , while after the reaction we have two molecules of water, 

, and one molecule of carbon dioxide, . In this case, not only has the appearance changed, but the structure of the 
molecules has also changed. The new substances do not have the same chemical properties as the original ones. Therefore, this 
is a chemical change. 

Using the components of composition and properties, we have the ability to distinguish one sample of matter from the others. 

Key Takeaway 

• A physical property is a characteristic of a substance that can be observed or measured without changing the identity of the 
substance. 

• Physical properties include color, density, hardness, and melting and boiling points. 
• A chemical property describes the ability of a substance to undergo a specific chemical change. To identify a chemical 

property, we look for a chemical change. 
• A chemical change always produces one or more types of matter that differ from the matter present before the change. 
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1.5: Chemical Elements and Symbols 

Learning Objectives 

• Identify names and symbols of common chemical elements. 
• Represent a chemical compound with a chemical formula. 

As described in the previous section, an element is a pure substance that cannot be broken down into simpler chemical 
substances. There are about 90 naturally occurring elements known on Earth. Using technology, scientists have been able to 
create nearly 30 additional elements that do not occur in nature. Today, chemistry recognizes 118 elements—some of which were 
created an atom at a time. Figure  shows some of the chemical elements. 

Figure : Samples of Elements. Gold is a yellowish solid, iron is a silvery solid, while mercury is a silvery liquid at room temperature. © 
Thinkstock 

Elemental Names and Symbols 

Each element has a name. Some of these names date from antiquity, while others are quite new. Today, the names for new 
elements are proposed by their discoverers but must be approved by the International Union of Pure and Applied Chemistry, an 
international organization that makes recommendations concerning all kinds of chemical terminology. 

Today, new elements are usually named after famous scientists. 

The names of the elements can be cumbersome to write in full, especially when combined to form the names of compounds. 
Therefore, each element name is abbreviated as a one- or two-letter chemical symbol. By convention, the first letter of a chemical 
symbol is a capital letter, while the second letter (if there is one) is a lowercase letter. The first letter of the symbol is usually the 
first letter of the element’s name, while the second letter is some other letter from the name. Some elements have symbols that 
derive from earlier, mostly Latin names, so the symbols may not contain any letters from the English name. Table  lists the 
names and symbols of some of the most familiar elements. 

Table : Element Names and Symbols 

Element Name Element Symbol Element Name Element Symbol 

aluminum Al magnesium Mg 
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Element Name Element Symbol Element Name Element Symbol 

argon Ar manganese Mn 

arsenic As mercury Hg* 

barium Ba neon Ne 

bismuth Bi nickel Ni 

boron B nitrogen N 

bromine Br oxygen O 

calcium Ca phosphorus P 

carbon C platinum Pt 

chlorine Cl potassium K* 

chromium Cr silicon Si 

copper Cu* silver Ag* 

fluorine F sodium Na* 

gold Au* strontium Sr 

helium He sulfur S 

hydrogen H tin Sn* 

iron Fe tungsten W† 

iodine I uranium U 

lead Pb* zinc Zn 

lithium Li zirconium Zr 

*The symbol comes from the Latin name of element. †The symbol for tungsten comes from its German name—wolfram. 

Element names in languages other than English are often close to their Latin names. For example, gold is oro in Spanish and 
or in French (close to the Latin aurum), tin is estaño in Spanish (compare to stannum), lead is plomo in Spanish and plomb 
in French (compare to plumbum), silver is argent in French (compare to argentum), and iron is fer in French and hierro in 
Spanish (compare to ferrum). The closeness is even more apparent in pronunciation than in spelling. 

Elements in Nature and the Human Body 

The elements vary widely in abundance. In the universe as a whole, the most common element is hydrogen (about 90% of atoms), 
followed by helium (most of the remaining 10%). All other elements are present in relatively minuscule amounts, as far as we can 
detect. On the planet Earth, however, the situation is rather different (Table ). Oxygen makes up 46.1% of the mass of Earth’s 
crust (the relatively thin layer of rock forming Earth’s surface), mostly in combination with other elements, while silicon makes up 
28.2%. Hydrogen, the most abundant element in the universe, makes up only 0.14% of Earth’s crust. 

Table : Elemental Composition of Earth and the Human Body 

Earth’s Crust Human Body 

Element Percentage Element Percentage 

oxygen 46.1 oxygen 61 

silicon 28.2 carbon 23 

aluminum 8.23 hydrogen 10 
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Earth’s Crust Human Body 

Element Percentage Element Percentage 

iron 5.53 nitrogen 2.6 

calcium 4.15 calcium 1.4 

sodium 2.36 phosphorus 1.1 

magnesium 2.33 sulfur 0.20 

potassium 2.09 potassium 0.20 

titanium 0.565 sodium 0.14 

hydrogen 0.14 chlorine 0.12 

phosphorus 0.105 magnesium 0.027 

all others 0.174 silicon 0.026 

Source: D. R. Lide, ed. CRC Handbook of Chemistry and Physics, 89th ed. (Boca Raton, FL: CRC Press, 2008–9), 14–17. 

Table  also lists the relative abundances of elements in the human body. If you compare both compositions, you will find 
disparities between the percentage of each element in the human body and on Earth. Oxygen has the highest percentage in both 
cases, but carbon, the element with the second highest percentage in the body, is relatively rare on Earth and does not even 
appear as a separate entry; carbon is part of the 0.174% representing “other” elements. 

How does the human body concentrate so many apparently rare elements? The relative amounts of elements in the body have 
less to do with their abundances on Earth than with their availability in a form we can assimilate. We obtain oxygen from the air 
we breathe and the water we drink. We also obtain hydrogen from water. On the other hand, although carbon is present in the 
atmosphere as carbon dioxide, and about 80% of the atmosphere is nitrogen, we obtain those two elements from the food we 
eat, not the air we breathe. 

Looking Closer: The Phosphorous Bottleneck 

There is an element that we need more of in our bodies than is proportionately present in Earth’s crust, and this element is 
not easily accessible. Phosphorus makes up 1.1% of the human body but only 0.105% of Earth’s crust. We need phosphorus 
for our bones and teeth, and it is a crucial component of all living cells. Unlike carbon, which can be obtained from carbon 
dioxide, there is no phosphorus compound present in our surroundings that can serve as a convenient source. Phosphorus, 
then, is nature’s bottleneck. Its availability limits the amount of life our planet can sustain. 

Higher forms of life, such as humans, can obtain phosphorus by selecting a proper diet (plenty of protein); but lower forms 
of life, such as algae, must absorb it from the environment. When phosphorus-containing detergents were introduced in 
the 1950s, wastewater from normal household activities greatly increased the amount of phosphorus available to algae and 
other plant life. Lakes receiving this wastewater experienced sudden increases in growth of algae. When the algae died, 
concentrations of bacteria that ate the dead algae increased. Because of the large bacterial concentrations, the oxygen 
content of the water dropped, causing fish to die in large numbers. This process, called eutrophication, is considered a 
negative environmental impact. 
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Figure : The eutrophication of the Potomac River is evident from the bright green water, caused by a dense bloom of cyanobacteria. 
(CC BY-SA 3.0; Alexandr Trubetskoy via Wikipedia) 

Today, many detergents are made without phosphorus so the detrimental effects of eutrophication are minimized. You may 
even see statements to that effect on detergent boxes. It can be sobering to realize how much impact a single element can 
have on life—or the ease with which human activity can affect the environment. 

Example 

Write the chemical symbol for each element without consulting Table . 

a. bromine 
b. boron 
c. carbon 
d. calcium 
e. gold 

Answer a available at the end of this section. 

Exercise 

Write the chemical symbol for each element without consulting Table . 

a. manganese 
b. magnesium 
c. neon 
d. nitrogen 
e. silver 

Answer a available at the end of this section. 
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Example 

What element is represented by each chemical symbol? 

a. Na 
b. Hg 
c. P 
d. K 
e. I 

Answer a available at the end of this section. 

Exercise 

What element is represented by each chemical symbol? 

a. Pb 
b. Sn 
c. U 
d. O 
e. F 

Answer a available at the end of this section. 

Chemical Formulas 

A chemical formula is an expression that shows each of the elements in a compound and the relative proportions of those 
elements. Water is composed of hydrogen and oxygen in a 2:1 ratio and its chemical formula is . Sulfuric acid is one of the 
most widely produced chemicals in the United States and is composed of the elements hydrogen, sulfur, and oxygen; the chemical 
formula for sulfuric acid is . Sucrose (table sugar) consists of carbon, hydrogen, and oxygen in a 12:22:11 ratio. The chemical 
formula of these are: 

Notice that the oxygen and sulfur in water and sulfuric acid, respectively, do not have a "1" subscripts - this is assumed. 

Sometimes certain groups of atoms are bonded together within the chemical and act as a single unit. Polyatomic ions will be 
discussed later and are enclosed in parenthesis followed by a subscript if more than one of the same ion exist in a chemical 
formula. For example, the formula  represents a compound with: 

• 3  atoms and 
• 2  polyatomic ions 

To count the total number of atoms for formulas with polyatomic ions enclosed in parenthesis, use the subscript as a multiplier 
for each atom or number of atoms. 

and decomposing this to elements gives 

• 3  atoms 
•   atoms 
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•   atoms 

That is, 3  atoms, 2  atoms, and 8  atoms 

Chemical formula can be used in chemical equations. For example, the reaction of hydrogen gas ( ) burning with oxygen gas (
) to form water ( ) is written as: 

Exercise 

Identify the elements in each of the following chemical formulas and what is the ratio of different elements in the chemical 
formulas: 

a. 
b. 
c. 
d. 

Answer a available at the end of this section. 

Key Takeaways 

• All matter is composed of elements. 
• Chemical elements are represented by a one- or two-letter symbol. 

Contributors and Attributions 

• Anonymous 

Answers 
Br 

B 

C 

Ca 

Au 

Mn 

Mg 

Ne 

N 

Ag 

sodium 

mercury 

phosphorus 

potassium 

iodine 

lead 

tin 

uranium 

oxygen 

fluorine 

Sodium , oxygen , and hydrogen  are present. This is sodium hydroxide and is also known as lye or caustic soda. 

This is a 1:1:1 ratio of sodium, oxygen, and hydrogen, respectively. 

Sodium  and chlorine  are present. This is sodium chloride and is also known as table salt. 

This is a 1:1 ratio of sodium and chlorine, respectively. 
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Calcium  and Chlorine  are present. This is calcium chloride and is a different type of salt than sodium chloride. 

This is a 1:2 ratio of calcium and chlorine, respectively. 

Carbon , Oxygen , and Hydrogen  are present. This is acetic acid and is also known as vineger. 

This is a 2:2:4 (or 1:1:2) ratio of carbon, oxygen, and hydrogen, respectively. 

This page titled 1.5: Chemical Elements and Symbols is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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1.6: Chemical Equations 

Elements 

• Derive chemical equations from narrative descriptions of chemical reactions. 
• Apply the Law of Conservation of Matter 
• Balance a Chemical Equation 

How do we represent chemical reactions? 

A chemical reaction is a rearrangement of atoms in which one or more compounds are changed into new compounds. All chemical 
reactions can be represented by equations and models. Since atoms and molecules can not be seen they have to be imagined 
and that can be quite difficult! 

Anytime that atoms separate from each other and recombine into different combinations of atoms, we say a chemical reaction 
has occurred. No atoms are lost or gained, they are simply rearranged. 

Word equations 

Note: In mathematic equations, we use an equal sign (=) for example 2 + 2 = 4, but in scientific chemical equations, 
we use an arrow (→), for example, C + O2→ CO2. 

Consider as an example the reaction between one methane molecule (CH4) and two diatomic oxygen molecules (O2) to produce 
one carbon dioxide molecule (CO2) and two water molecules (H2O). The chemical equation representing this process is provided 
in the upper half of Figure , with space-filling molecular models shown in the lower half of the figure. 

Learning Objectives 
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Figure : The reaction between methane and oxygen to yield carbon dioxide and water (shown at bottom) may be represented by a 
chemical equation using formulas (top). 

This figure shows a balanced chemical equation followed below by a representation of the equation using space-filling models. The equation 
reads C H subscript 4 plus 2 O subscript 2 arrow C O subscript 2 plus 2 H subscript 2 O. Under the C H subscript 4, the molecule is shown 

with a central black sphere, representing a C atom, to which 4 smaller white spheres, representing H atoms, are distributed evenly around. All 
four H atoms are bonded to the central black C atom. This is followed by a plus sign. Under the 2 O subscript 2, two molecules are shown. The 
molecules are each composed of two red spheres bonded together. The red spheres represent O atoms. To the right of an arrow and under the 
C O subscript 2, appears a single molecule with a black central sphere with two red spheres bonded to the left and right. Following a plus sign 
and under the 2 H subscript 2 O, are two molecules, each with a central red sphere and two smaller white spheres attached to the lower right 
and lower left sides of the central red sphere. Note that in space filling models of molecules, spheres appear slightly compressed in regions 

where there is a bond between two atoms. 

This example illustrates the fundamental aspects of any chemical equation: 

1. The substances undergoing reaction are called reactants, and their formulas are placed on the left side of the equation. 
2. The substances generated by the reaction are called products, and their formulas are placed on the right sight of the 

equation. 
3. Plus signs (+) separate individual reactant and product formulas, and an arrow (⯑) separates the reactant and product (left 

and right) sides of the equation. 
4. The relative numbers of reactant and product species are represented by coefficients (numbers placed immediately to the 

left of each formula). A coefficient of 1 is typically omitted. 

It is common practice to use the smallest possible whole-number coefficients in a chemical equation, as is done in this example. 
Realize, however, that these coefficients represent the relative numbers of reactants and products, and, therefore, they may be 
correctly interpreted as ratios. Methane and oxygen react to yield carbon dioxide and water in a 1:2:1:2 ratio. This ratio is satisfied 
if the numbers of these molecules are, respectively, 1-2-1-2, or 2-4-2-4, or 3-6-3-6, and so on (Figure ). Likewise, these 
coefficients may be interpreted with regard to any amount (number) unit, and so this equation may be correctly read in many 
ways, including: 

• One methane molecule and two oxygen molecules react to yield one carbon dioxide molecule and two water molecules. 
• One dozen methane molecules and two dozen oxygen molecules react to yield one dozen carbon dioxide molecules and two 

dozen water molecules. 
• One mole of methane molecules and 2 moles of oxygen molecules react to yield 1 mole of carbon dioxide molecules and 2 

moles of water molecules. 
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Figure : Regardless of the absolute number of molecules involved, the ratios between numbers of molecules of each species that react 
(the reactants) and molecules of each species that form (the products) are the same and are given in the chemical equation. 

Balancing Equations 

When a chemical equation is balanced it means that equal numbers of atoms for each element involved in the reaction are 
represented on the reactant and product sides. This is a requirement the equation must satisfy to be consistent with the law 
of conservation of matter. It may be confirmed by simply summing the numbers of atoms on either side of the arrow and 
comparing these sums to ensure they are equal. Note that the number of atoms for a given element is calculated by multiplying 
the coefficient of any formula containing that element by the element’s subscript in the formula. If an element appears in more 
than one formula on a given side of the equation, the number of atoms represented in each must be computed and then added 
together. For example, both product species in the example reaction,  and , contain the element oxygen, and so the 
number of oxygen atoms on the product side of the equation is 

The equation for the reaction between methane and oxygen to yield carbon dioxide and water is confirmed to be balanced per 
this approach, as shown here: 

Equation for the reaction 

Element Reactants Products Balanced? 

C 1 × 1 = 1 1 × 1 = 1 1 = 1, yes 

H 4 × 1 = 4 2 × 2 = 4 4 = 4, yes 

O 2 × 2 = 4 (1 × 2) + (2 × 1) = 4 4 = 4, yes 

A balanced chemical equation often may be derived from a qualitative description of some chemical reaction by a fairly simple 
approach known as balancing by inspection. Consider as an example the decomposition of water to yield molecular hydrogen and 
oxygen. This process is represented qualitatively by an unbalanced chemical equation: 

Comparing the number of H and O atoms on either side of this equation confirms its imbalance: 
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Comparisons between H and O atoms 

Element Reactants Products Balanced? 

H 1 × 2 = 2 1 × 2 = 2 2 = 2, yes 

O 1 × 1 = 1 1 × 2 = 2 1 ≠ 2, no 

The numbers of H atoms on the reactant and product sides of the equation are equal, but the numbers of O atoms are not. To 
achieve balance, the coefficients of the equation may be changed as needed. Keep in mind, of course, that the formula subscripts 
define, in part, the identity of the substance, and so these cannot be changed without altering the qualitative meaning of the 
equation. For example, changing the reactant formula from H2O to H2O2 would yield balance in the number of atoms, but doing so 
also changes the reactant’s identity (it’s now hydrogen peroxide and not water). The O atom balance may be achieved by changing 
the coefficient for H2O to 2. 

O atom balance may be achieved by changing the coefficient for H2O to 2 

Element Reactants Products Balanced? 

H 2 × 2 = 4 1 × 2 = 2 4 ≠ 2, no 

O 2 × 1 = 2 1 × 2 = 2 2 = 2, yes 

The H atom balance was upset by this change, but it is easily reestablished by changing the coefficient for the H2 product to 2. 

H atom balance upset but easily reestablished by changing the coefficient for the H2 product to 2. 

Element Reactants Products Balanced? 

H 2 × 2 = 4 2 × 2 = 2 4 = 4, yes 

O 2 × 1 = 2 1 × 2 = 2 2 = 2, yes 

These coefficients yield equal numbers of both H and O atoms on the reactant and product sides, and the balanced equation is, 
therefore: 

Write a balanced equation for the reaction of molecular nitrogen (N2) and oxygen (O2) to form dinitrogen pentoxide. 

Solution 

First, write the unbalanced equation. 

Next, count the number of each type of atom present in the unbalanced equation. 

Unbalanced Equation 

Element Reactants Products Balanced? 

N 1 × 2 = 2 1 × 2 = 2 2 = 2, yes 

O 1 × 2 = 2 1 × 5 = 5 2 ≠ 5, no 

Example : Balancing Chemical Equations 
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Though nitrogen is balanced, changes in coefficients are needed to balance the number of oxygen atoms. To balance the 
number of oxygen atoms, a reasonable first attempt would be to change the coefficients for the O2 and N2O5 to integers that 
will yield 10 O atoms (the least common multiple for the O atom subscripts in these two formulas). 

Element Reactants Products Balanced? 

N 1 × 2 = 2 2 × 2 = 4 2 ≠ 4, no 

O 5 × 2 = 10 2 × 5 = 10 10 = 10, yes 

The N atom balance has been upset by this change; it is restored by changing the coefficient for the reactant N2 to 2. 

N atom balance upset but restored by changing the coefficient for the reactant N2 to 2. 

Element Reactants Products Balanced? 

N 2 × 2 = 4 2 × 2 = 4 4 = 4, yes 

O 5 × 2 = 10 2 × 5 = 10 10 = 10, yes 

The numbers of N and O atoms on either side of the equation are now equal, and so the equation is balanced. 

Write a balanced equation for the decomposition of ammonium nitrate to form molecular nitrogen, molecular oxygen, and 
water. (Hint: Balance oxygen last, since it is present in more than one molecule on the right side of the equation.) 

Answer available at the end of this section. 

Use this interactive tutorial for additional practice balancing equations. 

Additional Information in Chemical Equations 

The physical states of reactants and products in chemical equations very often are indicated with a parenthetical abbreviation 
following the formulas. Common abbreviations include s for solids, l for liquids, g for gases, and aq for substances dissolved in 
water (aqueous solutions, as introduced in the preceding chapter). These notations are illustrated in the example equation here: 

This equation represents the reaction that takes place when sodium metal is placed in water. The solid sodium reacts with liquid 
water to produce molecular hydrogen gas and the ionic compound sodium hydroxide (a solid in pure form, but readily dissolved 
in water). 

Special conditions necessary for a reaction are sometimes designated by writing a word or symbol above or below the equation’s 
arrow. For example, a reaction carried out by heating may be indicated by the uppercase Greek letter delta (Δ) over the arrow. 

Exercise 

Phet Simulation 
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Other examples of these special conditions will be encountered in more depth in later chapters. 

Key Takeaway 

• Chemical equations are symbolic representations of chemical and physical changes. 
• Formulas for the substances undergoing the change (reactants) and substances generated by the change (products) are 

separated by an arrow and preceded by integer coefficients indicating their relative numbers. 
• Balanced equations are those whose coefficients result in equal numbers of atoms for each element in the reactants and 

products. 

Answers 
Exercise 

This page titled 1.6: Chemical Equations is shared under a license and was authored, remixed, and/or curated by LibreTexts. 

• 4.2: Writing and Balancing Chemical Equations by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/
chemistry-2e. 
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2: CHAPTER 2 - MEASUREMENTS 
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2.1: Units in Measurements 

Data suggest that a male child will weigh 50% of his adult weight at about 11 years of age. However, he will reach 50% of his 
adult height at only 2 years of age. It is obvious, then, that people eventually stop growing up but continue to grow out. Data also 
suggest that the average human height has been increasing over time. In industrialized countries, the average height of people 
increased 5.5 inches from 1810 to 1984. Most scientists attribute this simple, basic measurement of the human body to better 
health and nutrition. 

Figure : Human body measurement. Source: Chart courtesy of Centers for Disease Control and Prevention(opens in new window). 

This page titled 2.1: Units in Measurements is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by LibreTexts. 

• 2.1: Prelude to Measurements by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/
beginning-chemistry. 
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2.1.1: Systems of measurment (Metric system and SI system) 

• Learn the units that go with various quantities 
• Express units using their abbreviations 
• Make new units by combining numerical prefixes with units 

A number indicates "how much," but the unit indicates "of what." The "of what" is important when communicating a quantity. For 
example, if you were to ask a friend how close you are to Lake Erie and your friend says "six," then your friend isn't giving you 
complete information. Six what? Six miles? Six inches? Six city blocks? The actual distance to the lake depends on what units 
you use. 

Learning Objective 

This page titled 2.1.1: Systems of measurment (Metric system and SI system) is shared under a CC BY-NC-SA 3.0 license and was authored, 
remixed, and/or curated by LibreTexts. 

• 2.3: Expressing Units by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/beginning-
chemistry. 
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2.1.2: Prefixes 

Learning Objectives 

• Describe how prefixes are used in the metric system and identify how the prefixes milli-, centi-, and kilo- compare to the 
base unit. 

• To express a large number or a small number in scientific notation 

Prefix Multipliers 

Conversions between metric system units are straightforward because the system is based on powers of ten. For example, meters, 
centimeters, and millimeters are all metric units of length. There are 10 millimeters in 1 centimeter and 100 centimeters in 1 
meter. Metric prefixes are used to distinguish between units of different size. These prefixes all derive from either Latin or 
Greek terms. For example, mega comes from the Greek word , meaning "great". Table  lists the most common metric 
prefixes and their relationship to the central unit that has no prefix. Length is used as an example to demonstrate the relative 
size of each prefixed unit. 

Table : SI Prefixes. Commonly used prefixes are bolded. 

Prefix Unit Abbreviation Meaning Example 

giga 1,000,000,000 1 gigameter   

mega 1,000,000 1 megameter   

kilo 1,000 1 kilometer   

hecto 100 1 hectometer   

deka 10 1 dekameter   

    1 1 meter 

deci 1/10 1 decimeter   

centi 1/100 1 centimeter   

milli 1/1,000 1 millimeter   

micro 1/1,000,000 1 micrometer   

nano 1/1,000,000,000 1 nanometer   

pico 1/1,000,000,000,000 1 picometer   

There are a couple of odd little practices with the use of metric abbreviations. Most abbreviations are lowercase. We use " " for 
meter and not " ". However, when it comes to volume, the base unit "liter" is abbreviated as " " and not " ". So we would write 3.5 
milliliters as  . 

As a practical matter, whenever possible you should express the units in a small and manageable number. If you are measuring 
the weight of a material that weighs  , this is easier than saying it weighs   or  . All three are correct, but the 
units in this case make for a small and easily managed number. However, if a specific problem needs grams instead of kilograms, 
go with the grams for consistency. 

Example : Unit 
Abbreviations 

Give the abbreviation for each unit and define the abbreviation in terms of the base unit. 
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a. kiloliter 
b. microsecond 
c. decimeter 
d. nanogram 

Solutions 

Solutions to example explaining unit abbreviations. 

Explanation Answer 

a The prefix kilo means “1,000 ×,” so 1 kL equals 1,000 L kL 

b The prefix micro implies 1/1,000,000th of a unit, so 1 µs equals 0.000001 s. µs 

c The prefix deci means 1/10th, so 1 dm equals 0.1 m. dm 

d The prefix nano means 1/1000000000, so a nanogram is equal to 0.000000001 g ng 

Exercise 

Give the abbreviation for each unit and define the abbreviation in terms of the base unit. 

a. kilometer 
b. milligram 
c. nanosecond 
d. centiliter 

Answer a available at the end of this section. 

Answer b available at the end of this section. 

Answer c available at the end of this section. 

Answer d available at the end of this section. 

 

Summary 

• Metric prefixes derive from Latin or Greek terms. The prefixes are used to make the units manageable. 

Contributions & Attributions 

This page was constructed from content via the following contributor(s) and edited (topically or extensively) by the LibreTexts 
development team to meet platform style, presentation, and quality: 

• 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 

Answers 
km 
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mg 

ns 

cL 

This page titled 2.1.2: Prefixes is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts. 
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2.1.3: Measurement and Scale - The Mole Concept 

One of the important concepts to grasp in chemistry is scale. Atoms and molecules are very small. A single atom of hydrogen has 

a mass of about 1.67 x 10-24 grams (that’s 0.00000000000000000000000167 grams). One cubic centimeter of water (one 

mL) contains about 3.3 x 1022 water molecules (that’s 33 sextillion molecules). Because chemists routinely use numbers that 
are both incredibly small and incredibly large, unique units of measurement have been developed to simplify working with these 
numbers. As we learned in Chapter 1, the atomic mass unit (amu) helps us talk about the mass of atoms on a scale appropriate 
to atoms (one grams is about 600 sextillion amu). In this chapter, we will introduce the concept of a mole to help us talk about 
numbers of atoms on a scale appropriate to the size of a sample we could work with in a laboratory (for example, in grams). The 

mole is defined as the number of atoms contained in exactly 12 grams of carbon-12 (the isotope ). Chemist have measured 

this number and it turns out to be 6.0221415 x 1023. We can think of the term mole as a number, just like the word dozen 
represents the number 12. We will use the mole to represent this very large number (a chemist’s dozen) and we will see that there 
is a special relationship between a mole of a pure substance and the mass of the substance measured in amu. 

The origin of the mole concept is generally attributed to the Italian chemical physicist, Amadeo Avogadro. In 1811, Avogadro 
published an important article that drew a distinction between atoms and molecules (although these terms were not in use at the 
time). As part of his explanation of the behavior of gasses, he suggested that equal volumes of all gases at the same temperature 
and pressure contained the same number of molecules. This statement is referred to as Avogadro’s Hypothesis and today we 

commonly refer to the number of things in a mole, (6.0221415 x 1023) as Avogadro’s number (this is rounded to 6.02 x 1023 for 
most calculations). Because a mole can be thought of as a number, you can convert any number to moles by dividing that number 

by 6.02 x 1023. For example, at the time of this writing, the national debt of the United States is about 7.9 trillion dollars (7.9 x 

1012 dollars). This could be expressed as moles of dollars as shown below: 

The ratio of any number to the number of things in a mole is often referred to as a mole fraction. 

a. It is estimated there are 7 x 1022 stars in the universe. How many moles of stars is this? 

b. It is estimated there are 7.5 x 1018 grains of sand on the earth. How many moles of sand grains is this? 
c. You have 0.0555 moles of jelly donuts. What number of donuts would that be? 
d. You drink a small bottle of drinking water that contains 13 moles of water. What is the number of molecules of water you 

drank? 

Exercise 

This page titled 2.1.3: Measurement and Scale - The Mole Concept is shared under a CC BY-SA 4.0 license and was authored, remixed, and/or 
curated by LibreTexts. 

• 4.1: Measurement and Scale - The Mole Concept by Paul R. Young is licensed CC BY-SA 4.0. Original source: https://en.wikibooks.org/wiki/
Introductory_Chemistry_Online. 
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2.1.3.1: Avogadro's Number and the Mole 

Make sure you thoroughly understand the following essential ideas: 

• Define Avogadro's number and explain why it is important to know. 
• Define the mole. Be able to calculate the number of moles in a given mass of a substance, or the mass corresponding 

to a given number of moles. 
• Define molecular weight, formula weight, and molar mass; explain how the latter differs from the first two. 
• Be able to find the number of atoms or molecules in a given weight of a substance. 
• Find the molar volume of a solid or liquid, given its density and molar mass. 
• Explain how the molar volume of a metallic solid can lead to an estimate of atomic diameter. 

The chemical changes we observe always involve discrete numbers of atoms that rearrange themselves into new configurations. 
These numbers are HUGE— far too large in magnitude for us to count or even visualize, but they are still numbers, and we need 
to have a way to deal with them. We also need a bridge between these numbers, which we are unable to measure directly, and 
the weights of substances, which we do measure and observe. The mole concept provides this bridge, and is central to all of 
quantitative chemistry. 

Counting Atoms: Avogadro's Number 

Owing to their tiny size, atoms and molecules cannot be counted by direct observation. But much as we do when "counting" beans 
in a jar, we can estimate the number of particles in a sample of an element or compound if we have some idea of the volume 
occupied by each particle and the volume of the container. Once this has been done, we know the number of formula units (to 
use the most general term for any combination of atoms we wish to define) in any arbitrary weight of the substance. The number 
will of course depend both on the formula of the substance and on the weight of the sample. However, if we consider a weight of 
substance that is the same as its formula (molecular) weight expressed in grams, we have only one number to know: Avogadro's 
number. 

Avogadro's number is known to ten significant digits: 

However, you only need to know it to three significant figures: 

So   of what? Well, of anything you like: apples, stars in the sky, burritos. However, the only practical use for  is to 
have a more convenient way of expressing the huge numbers of the tiny particles such as atoms or molecules that we deal with in 
chemistry. Avogadro's number is a collective number, just like a dozen. Students can think of   as the "chemist's dozen". 

Before getting into the use of Avogadro's number in problems, take a moment to convince yourself of the reasoning embodied in 
the following examples. 

The atomic weights of oxygen and carbon are 16.0 and 12.0 atomic mass units ( ), respectively. How much heavier is the 
oxygen atom in relation to carbon? 

Solution 

Learning Objectives 

Avogadro's number 

Example : Mass ratio from atomic weights 
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Atomic weights represent the relative masses of different kinds of atoms. This means that the atom of oxygen has a mass 
that is 

as great as the mass of a carbon atom. 

The absolute mass of a carbon atom is 12.0 unified atomic mass units ( ). How many grams will a single oxygen atom weigh? 

Solution 

The absolute mass of a carbon atom is 12.0  or 

The mass of the oxygen atom will be 4/3 greater (from Example ): 

Alternatively we can do the calculation directly like with carbon: 

Suppose that we have  carbon atoms, where  is a number large enough to give us a pile of carbon atoms whose mass is 
12.0 grams. How much would the same number, , of oxygen atoms weigh? 

Solution 

We use the results from Example  again. The collection of  oxygen atoms would have a mass of 

What is the numerical value of  in Example ? 

Answer available at the end of this section. 

• It is a number, just as is "dozen", and thus is dimensionless. 
• It is a huge number, far greater in magnitude than we can visualize 
• Its practical use is limited to counting tiny things like atoms, molecules, "formula units", electrons, or photons. 
• The value of NA can be known only to the precision that the number of atoms in a measurable weight of a substance can be 

estimated. Because large numbers of atoms cannot be counted directly, a variety of ingenious indirect measurements have 
been made involving such things as Brownian motion and X-ray scattering. 

Example : Mass of a single atom 

Example : Relative masses from atomic weights 

Exercise 

Things to understand about Avogadro's number 
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• The current value was determined by measuring the distances between the atoms of silicon in an ultrapure crystal of this 
element that was shaped into a perfect sphere. (The measurement was made by X-ray scattering.) When combined with the 
measured mass of this sphere, it yields Avogadro's number. However, there are two problems with this: 

◦ The silicon sphere is an artifact, rather than being something that occurs in nature, and thus may not be perfectly 
reproducible. 

◦ The standard of mass, the kilogram, is not precisely known, and its value appears to be changing. For these reasons, 
there are proposals to revise the definitions of both NA and the kilogram. 

Moles and their Uses 

The mole (abbreviated mol) is the the SI measure of quantity of a "chemical entity", which can be an atom, molecule, formula unit, 
electron or photon. One mole of anything is just Avogadro's number of that something. Or, if you think like a lawyer, you might 
prefer the official SI definition: 

The mole is the amount of substance of a system which contains as many elementary entities as there are atoms in 0.012 
kilogram of carbon 12 

Avogadro's number (Equation ) like any pure number, is dimensionless. However, it also defines the mole, so we can also 

express NA as 6.02 × 1023 mol–1; in this form, it is properly known as Avogadro's constant. This construction emphasizes the 
role of Avogadro's number as a conversion factor between number of moles and number of "entities". 

How many moles of nickel atoms are there in 80 nickel atoms? 

Solution 

Is this answer reasonable? Yes, because 80 is an extremely small fraction of . 

Molar Mass 

The atomic weight, molecular weight, or formula weight of one mole of the fundamental units (atoms, molecules, or groups of 

atoms that correspond to the formula of a pure substance) is the ratio of its mass to 1/12 the mass of one mole of C12 atoms, and 
being a ratio, is dimensionless. But at the same time, this molar mass (as many now prefer to call it) is also the observable mass 
of one mole (NA) of the substance, so we frequently emphasize this by stating it explicitly as so many grams (or kilograms) per 

mole: g mol–1. 

It is important always to bear in mind that the mole is a number and not a mass. But each individual particle has a 
mass of its own, so a mole of any specific substance will always correspond to a certain mass of that substance. 

Borax is the common name of sodium tetraborate, . 

a. how many moles of boron are present in 20.0 g of borax? 
b. how many grams of boron are present in 20.0 g of borax? 

Solution 

Definition: The Mole 

Example : number of moles in N particles 

Example : Boron content of borax 
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The formula weight of  so the molecular weight is: 

a. 20 g of borax contains (20.0 g) ÷ (201 g mol–1) = 0.10 mol of borax, and thus 0.40 mol of B. 

b. 0.40 mol of boron has a mass of (0.40 mol) × (10.8 g mol–1) = 4.3 g. 

The plant photosynthetic pigment chlorophyll contains 2.68 percent magnesium by weight. How many atoms of Mg will there 
be in 1.00 g of chlorophyll? 

Solution 

Each gram of chlorophyll contains 0.0268 g of Mg, atomic weight 24.3. 

• Number of moles in this weight of Mg: (.0268 g) / (24.2 g mol–1) = 0.00110 mol 

• Number of atoms: (0.00110 mol) × (6.02E23 mol–1) =  

Is this answer reasonable? (Always be suspicious of huge-number answers!) Yes, because we would expect to have huge 
numbers of atoms in any observable quantity of a substance. 

Molar Volume 

This is the volume occupied by one mole of a pure substance. Molar volume depends on the density of a substance and, like 
density, varies with temperature owing to thermal expansion, and also with the pressure. For solids and liquids, these variables 
ordinarily have little practical effect, so the values quoted for 1 atm pressure and 25°C are generally useful over a fairly wide range 
of conditions. This is definitely not the case with gases, whose molar volumes must be calculated for a specific temperature and 
pressure. 

Methanol, CH3OH, is a liquid having a density of 0.79 g per milliliter. Calculate the molar volume of methanol. 

Solution 

The molar volume will be the volume occupied by one molar mass (32 g) of the liquid. Expressing the density in liters instead 
of mL, we have 

The molar volume of a metallic element allows one to estimate the size of the atom. The idea is to mentally divide a piece of the 
metal into as many little cubic boxes as there are atoms, and then calculate the length of each box. Assuming that an atom sits 
in the center of each box and that each atom is in direct contact with its six neighbors (two along each dimension), this gives the 
diameter of the atom. The manner in which atoms pack together in actual metallic crystals is usually more complicated than this 
and it varies from metal to metal, so this calculation only provides an approximate value. 

Example : Magnesium in chlorophyll 

Example : Molar Volume of a Liquid 
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The density of metallic strontium is 2.60 g cm–3. Use this value to estimate the radius of the atom of Sr, whose atomic 
weight is 87.6. 

Solution 

The molar volume of Sr is: 

The volume of each "box" is" 

The side length of each box will be the cube root of this value,   . The atomic radius will be half this value, or 

Note: Your calculator probably has no cube root button, but you are expected to be able to find cube roots; you can usually 

use the xy button with y=0.333. You should also be able estimate the magnitude of this value for checking. The easiest way 

is to express the number so that the exponent is a multiple of 3. Take  , for example. Since 33=27 and 43 = 64, you 

know that the cube root of 55 will be between 3 and 4, so the cube root should be a bit less than 4 × 10–8. 

So how good is our atomic radius? Standard tables give the atomic radius of strontium is in the range 192-220 pm. 

Answers 
Exercise 

Using the results of Examples  and . 

or 

There are a lot of atoms in 12 g of carbon. 

Example : Radius of a Strontium Atom 
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This page titled 2.1.3.1: Avogadro's Number and the Mole is shared under a CC BY 3.0 license and was authored, remixed, and/or curated by 
LibreTexts. 

• 4.2: Avogadro's Number and the Mole by Stephen Lower is licensed CC BY 3.0. Original source: http://www.chem1.com/acad/webtext/
virtualtextbook.html. 
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2.1.4: Quantities and associated units 

• To identify the basic units of measurement of the seven fundamental properties 
• Describe the names and abbreviations of the SI base units and the SI decimal prefixes. 
• Define the liter and the metric ton in these units. 
• Explain the meaning and use of unit dimensions; state the dimensions of volume. 
• State the quantities that are needed to define a temperature scale, and show how these apply to the Celsius, Kelvin, and 

Fahrenheit temperature scales. 
• Explain how a Torricellian barometer works. 

Have you ever estimated a distance by “stepping it off”— that is, by counting the number of steps required to take you a certain 
distance? Or perhaps you have used the width of your hand, or the distance from your elbow to a fingertip to compare two 
dimensions. If so, you have engaged in what is probably the first kind of measurement ever undertaken by primitive mankind. The 
results of a measurement are always expressed on some kind of a scale that is defined in terms of a particular kind of unit. The 
first scales of distance were likely related to the human body, either directly (the length of a limb) or indirectly (the distance a 
man could walk in a day). 

Figure : Current and past units of distance 

Table showing various forms of units for measuring distanced used in the past and the present. Left column shows unit and right column 
shows value of unit measurement in terms of more commonly used units. 

As civilization developed, a wide variety of measuring scales came into existence, many for the same quantity (such as length), 
but adapted to particular activities or trades. Eventually, it became apparent that in order for trade and commerce to be possible, 
these scales had to be defined in terms of standards that would allow measures to be verified, and, when expressed in different 
units (bushels and pecks, for example), to be correlated or converted. 

Over the centuries, hundreds of measurement units and scales have developed in the many civilizations that achieved some 
literate means of recording them. Some, such as those used by the Aztecs, fell out of use and were largely forgotten as 
these civilizations died out. Other units, such as the various systems of measurement that developed in England, achieved 

Learning Objectives 

History of Units 
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prominence through extension of the Empire and widespread trade; many of these were confined to specific trades or 
industries. The examples shown here are only some of those that have been used to measure length or distance. The history 
of measuring units provides a fascinating reflection on the history of industrial development. 

The most influential event in the history of measurement was undoubtedly the French Revolution and the Age of Rationality that 
followed. This led directly to the metric system that attempted to do away with the confusing multiplicity of measurement scales 
by reducing them to a few fundamental ones that could be combined in order to express any kind of quantity. The metric system 
spread rapidly over much of the world, and eventually even to England and the rest of the U.K. when that country established 
closer economic ties with Europe in the latter part of the 20th Century. The United States is presently the only major country in 
which “metrication” has made little progress within its own society, probably because of its relative geographical isolation and its 
vibrant internal economy. 

Science, being a truly international endeavor, adopted metric measurement very early on; engineering and related technologies 
have been slower to make this change, but are gradually doing so. Even the within the metric system, however, a variety of units 
were employed to measure the same fundamental quantity; for example, energy could be expressed within the metric system in 
units of ergs, electron-volts, joules, and two kinds of calories. This led, in the mid-1960s, to the adoption of a more basic set of 
units, the Systeme Internationale (SI) units that are now recognized as the standard for science and, increasingly, for technology 
of all kinds. 

The Seven SI Base Units and Decimal Prefixes 

In principle, any physical quantity can be expressed in terms of only seven base units (Table ), with each base unit defined 
by a standard described in the NIST Web site. 

Table : The Seven Base Units 

Property Unit Symbol 

length meter m 

mass kilogram kg 

time second s 

temperature (absolute) kelvin K 

amount of substance mole mol 

electric current ampere A 

luminous intensity candela cd 

A few special points about some of these units are worth noting: 

• The base unit of mass is unique in that a decimal prefix (Table ) is built into it; i.e., the base SI unit is not the gram. 
• The base unit of time is the only one that is not metric. Numerous attempts to make it so have never garnered any success; 

we are still stuck with the 24:60:60 system that we inherited from ancient times. The ancient Egyptians of around 1500 
BC invented the 12-hour day, and the 60:60 part is a remnant of the base-60 system that the Sumerians used for their 
astronomical calculations around 100 BC. 

• Of special interest to Chemistry is the mole, the base unit for expressing the quantity of matter. Although the number is not 

explicitly mentioned in the official definition, chemists define the mole as Avogadro’s number (approximately 6.02x1023) of 
anything. 

Owing to the wide range of values that quantities can have, it has long been the practice to employ prefixes such as milli and 
mega to indicate decimal fractions and multiples of metric units. As part of the SI standard, this system has been extended and 
formalized (Table ). 
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Table : Prefixes used to scale up or down base units 

Prefix Abbreviation Multiplier Prefix Abbreviation Multiplier 

peta P 1015 deci d 10–1 

tera T 1012 centi c 10–2 

giga G 109 milli m 10–3 

mega M 106 micro μ 10–6 

kilo k 103 nano n 10–9 

hecto h 102 pico p 10–12 

deca da 10 femto f 10–15 

There is a category of units that are “honorary” members of the SI in the sense that it is acceptable to use them along with 
the base units defined above. These include such mundane units as the hour, minute, and degree (of angle), etc., but the 
three shown here are of particular interest to chemistry, and you will need to know them. 

Pseudo-Si Units 

liter (litre) L 1 L = 1 dm3 = 10–3 m3 

metric ton t 1 t = 103 kg 

united atomic mass unit (amu) u 1 u = 1.66054×10–27 kg 

Derived Units and Dimensions 

Most of the physical quantities we actually deal with in science and also in our daily lives, have units of their own: volume, pressure, 
energy and electrical resistance are only a few of hundreds of possible examples. It is important to understand, however, that all 
of these can be expressed in terms of the SI base units; they are consequently known as derived units. In fact, most physical 
quantities can be expressed in terms of one or more of the following five fundamental units: 

• mass (M) 
• length (L) 
• time (T) 
• electric charge (Q) 
• temperature (Θ theta) 

Consider, for example, the unit of volume, which we denote as V. To measure the volume of a rectangular box, we need to multiply 
the lengths as measured along the three coordinates: 

We say, therefore, that volume has the dimensions of length-cubed: 

Thus the units of volume will be m3 (in the SI) or cm3, ft3 (English), etc. Moreover, any formula that calculates a volume must 

contain within it the L3 dimension; thus the volume of a sphere is . The dimensions of a unit are the powers which M, L, t, 
Q and Q must be given in order to express the unit. Thus, 

Pseudo-Si Units 
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as given above. 

There are several reasons why it is worthwhile to consider the dimensions of a unit. 

1. Perhaps the most important use of dimensions is to help us understand the relations between various units of measure 
and thereby get a better understanding of their physical meaning. For example, a look at the dimensions of the frequently 
confused electrical terms resistance and resistivity should enable you to explain, in plain words, the difference between them. 

2. By the same token, the dimensions essentially tell you how to calculate any of these quantities, using whatever specific units 
you wish. (Note here the distinction between dimensions and units.) 

3. Just as you cannot add apples to oranges, an expression such as    is meaningless unless the dimensions of each 
side are identical. (Of course, the two sides should work out to the same units as well.) 

4. Many quantities must be dimensionless— for example, the variable x in expressions such as , , and . Checking 
through the dimensions of such a quantity can help avoid errors. 

The formal, detailed study of dimensions is known as dimensional analysis and is a topic in any basic physics course. 

Find the dimensions of energy. 

Solution 

When mechanical work is performed on a body, its energy increases by the amount of work done, so the two quantities are 
equivalent and we can concentrate on work. The latter is the product of the force applied to the object and the distance 
it is displaced. From Newton’s law, force is the product of mass and acceleration, and the latter is the rate of change of 
velocity, typically expressed in meters per second per second. Combining these quantities and their dimensions yields the 
result shown in Table . 

Table : Dimensions of units commonly used in Chemistry 

Q M L t quantity SI unit, other typical units 

1 - - - electric charge coulomb 

- 1 - - mass kilogram, gram, metric ton, pound 

- - 1 - length meter, foot, mile 

- - - 1 time second, day, year 

- - 3 - volume liter, cm3, quart, fluidounce 

- 1 –3 - density kg m–3, g cm–3 

- 1 1 –2 force newton, dyne 

- 1 –1 –2 pressure pascal, atmosphere, torr 

- 1 2 –2 energy joule, erg, calorie, electron-volt 

- 1 2 –3 power watt 

1 1 2 –2 electric potential volt 

1 - - –1 electric current ampere 

1 1 1 –2 electric field intensity volt m–1 

–2 1 2 –1 electric resistance ohm 

2 1 3 –1 electric resistivity - 

2 –1 –2 1 electric conductance siemens, mho 

Example 
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Dimensional analysis is widely employed when it is necessary to convert one kind of unit into another, and chemistry students 
often use it in "chemical arithmetic" calculations, in which context it is also known as the "Factor-Label" method. In this section, 
we will look at some of the quantities that are widely encountered in Chemistry, and at the units in which they are commonly 
expressed. In doing so, we will also consider the actual range of values these quantities can assume, both in nature in general, and 
also within the subset of nature that chemistry normally addresses. In looking over the various units of measure, it is interesting 
to note that their unit values are set close to those encountered in everyday human experience 

Mass is not weight 

These two quantities are widely confused. Although they are often used synonymously in informal speech and writing, they have 
different dimensions: weight is the force exerted on a mass by the local gravational field: 

where g is the acceleration of gravity. While the nominal value of the latter quantity is 9.80 m s–2 at the Earth’s surface, its exact 
value varies locally. Because it is a force, the SI unit of weight is properly the newton, but it is common practice (except in physics 
classes!) to use the terms "weight" and "mass" interchangeably, so the units kilograms and grams are acceptable in almost all 
ordinary laboratory contexts. 

Numeric scale in terms of log kilogram. Range is negative 30 to 60 with intervals of 10. The range from negative 30 to 8 is highlighted in 
green to show chemistry mass range. 

Please note that in this diagram and in those that follow, the numeric scale represents the logarithm of the number shown. For 

example, the mass of the electron is 10–30 kg. 

The range of masses spans 90 orders of magnitude, more than any other unit. The range that chemistry ordinarily deals with 
has greatly expanded since the days when a microgram was an almost inconceivably small amount of material to handle in 
the laboratory; this lower limit has now fallen to the atomic level with the development of tools for directly manipulating these 
particles. The upper level reflects the largest masses that are handled in industrial operations, but in the recently developed fields 
of geochemistry and enivonmental chemistry, the range can be extended indefinitely. Flows of elements between the various 
regions of the environment (atmosphere to oceans, for example) are often quoted in teragrams. 

Length 

Chemists tend to work mostly in the moderately-small part of the distance range. Those who live in the lilliputian world of crystal- 
and molecular structures and atomic radii find the picometer a convenient currency, but one still sees the older non-SI unit called 

the Ångstrom used in this context; 1Å = 10–10 m = 100pm. Nanotechnology, the rage of the present era, also resides in this realm. 
The largest polymeric molecules and colloids define the top end of the particulate range; beyond that, in the normal world of 
doing things in the lab, the centimeter and occasionally the millimeter commonly rule. 
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Numeric scale in terms of log meters. Range is negative 20 to 30 with intervals of 4. The range from negative 12 to negative 4 is highlighted in 
green to show chemistry length range. 

Time 

For humans, time moves by the heartbeat; beyond that, it is the motions of our planet that count out the hours, days, and years 
that eventually define our lifetimes. Beyond the few thousands of years of history behind us, those years-to-the-powers-of-tens 
that are the fare for such fields as evolutionary biology, geology, and cosmology, cease to convey any real meaning for us. Perhaps 
this is why so many people are not very inclined to accept their validity. 

Numeric scale in terms of log seconds. Range is negative 24 to 20 with intervals of 4. The range from negative 12 to 8 is highlighted in green 
to show chemistry time range. 

Most of what actually takes place in the chemist’s test tube operates on a far shorter time scale, although there is no limit to how 
slow a reaction can be; the upper limits of those we can directly study in the lab are in part determined by how long a graduate 
student can wait around before moving on to gainful employment. Looking at the microscopic world of atoms and molecules 
themselves, the time scale again shifts us into an unreal world where numbers tend to lose their meaning. You can gain some 
appreciation of the duration of a nanosecond by noting that this is about how long it takes a beam of light to travel between 
your two outstretched hands. In a sense, the material foundations of chemistry itself are defined by time: neither a new element 
nor a molecule can be recognized as such unless it lasts long enough to have its “picture” taken through measurement of its 
distinguishing properties. 

Temperature 

Temperature, the measure of thermal intensity, spans the narrowest range of any of the base units of the chemist’s measurement 
toolbox. The reason for this is tied into temperature’s meaning as a measure of the intensity of thermal kinetic energy. Chemical 
change occurs when atoms are jostled into new arrangements, and the weakness of these motions brings most chemistry to a halt 
as absolute zero is approached. At the upper end of the scale, thermal motions become sufficiently vigorous to shake molecules 
into atoms, and eventually, as in stars, strip off the electrons, leaving an essentially reaction-less gaseous fluid, or plasma, of bare 
nuclei (ions) and electrons. 
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Numeric scale in terms of log Kelvins. Range is negative 20 to 30 with intervals of 10. The range from negative 3 to 4 is highlighted to show 
chemistry temperature range. This range is magnified further to show two numeric scales, one highlighting the lower range and the other the 

upper range. Melting and boiling points of different compounds are also shown in the scale. 

The degree is really an increment of temperature, a fixed fraction of the distance between two defined reference points on a 
temperature scale. 

Although rough means of estimating and comparing temperatures have been around since AD 170, the first mercury 
thermometer and temperature scale were introduced in Holland in 1714 by Gabriel Daniel Fahrenheit. Fahrenheit established 
three fixed points on his thermometer. Zero degrees was the temperature of an ice, water, and salt mixture, which was about 
the coldest temperature that could be reproduced in a laboratory of the time. When he omitted salt from the slurry, he 
reached his second fixed point when the water-ice combination stabilized at "the thirty-second degree." His third fixed point 
was "found at the ninety-sixth degree, and the spirit expands to this degree when the thermometer is held in the mouth or 
under the armpit of a living man in good health." 

After Fahrenheit died in 1736, his thermometer was recalibrated using 212 degrees, the temperature at which water boils, 
as the upper fixed point. Normal human body temperature registered 98.6 rather than 96. In 1743, the Swedish astronomer 
Anders Celsius devised the aptly-named centigrade scale that places exactly 100 degrees between the two reference points 
defined by the freezing and boiling points of water. 

When we say that the temperature is so many degrees, we must specify the particular scale on which we are expressing that 
temperature. A temperature scale has two defining characteristics, both of which can be chosen arbitrarily: 

• The temperature that corresponds to 0° on the scale; 
• The magnitude of the unit increment of temperature– that is, the size of the degree. 

To express a temperature given on one scale in terms of another, it is necessary to take both of these factors into account. The 
key to temperature conversions is easy if you bear in mind that between the so-called ice- and steam-points of water there are 
180 Fahrenheit degrees, but only 100 Celsius degrees, making the F° 100/180 = 5/9 the magnitude of the C°. Note the distinction 
between “°C” (a temperature) and “C°” (a temperature increment). Because the ice point is at 32°F, the two scales are offset by 
this amount. If you remember this, there is no need to memorize a conversion formula; you can work it out whenever you need it. 

Near the end of the 19th Century when the physical significance of temperature began to be understood, the need was felt 
for a temperature scale whose zero really means zero— that is, the complete absence of thermal motion. This gave rise to the 
absolute temperature scale whose zero point is –273.15 °C, but which retains the same degree magnitude as the Celsius scale. 
This eventually got renamed after Lord Kelvin (William Thompson); thus the Celsius degree became the kelvin. Thus we can now 

47 (2.1.4.7)



express an increment such as five C° as “five kelvins” 

In 1859 the Scottish engineer and physicist William J. M. Rankine proposed an absolute temperature scale based on the 
Fahrenheit degree. Absolute zero (0° Ra) corresponds to –459.67°F. The Rankine scale has been used extensively by those 
same American and English engineers who delight in expressing heat capacities in units of BTUs per pound per F°. 

The importance of absolute temperature scales is that absolute temperatures can be entered directly in all the fundamental 
formulas of physics and chemistry in which temperature is a variable. 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Units of Temperature: Units of Temperature, YouTube(opens in new window) [youtu.be] (opens in new window) 

Pressure 

Pressure is the measure of the force exerted on a unit area of surface. Its SI units are therefore newtons per square meter, but 
we make such frequent use of pressure that a derived SI unit, the pascal, is commonly used: 

The concept of pressure first developed in connection with studies relating to the atmosphere and vacuum that were carried out 
in the 17th century. 

Figure : The atmosphere above us exerts a large pressure on objects at the surface of the earth, roughly equal to the weight of a bowling 
ball pressing on an area the size of a human thumbnail. 

Diagram of Earth with a square inch column of air molecules extending to the atmosphere. This column points to an arrow pointing down on a 
bowling ball resting on a human thumbnail placed on top of a table. 

Atmospheric pressure is caused by the weight of the column of air molecules in the atmosphere above an object, such as the 

The "other" Absolute Scale 

YouTube Video 
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tanker car below. At sea level, this pressure is roughly the same as that exerted by a full-grown African elephant standing on a 
doormat, or a typical bowling ball resting on your thumbnail. These may seem like huge amounts, and they are, but life on earth 
has evolved under such atmospheric pressure. If you actually perch a bowling ball on your thumbnail, the pressure experienced is 
twice the usual pressure, and the sensation is unpleasant. 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Video : A dramatic illustration of atmospheric pressure is provided in this brief video, which shows a railway tanker car imploding when its internal 
pressure is decreased. A smaller scale demonstration of this phenomenon is briefly explained. 

The molecules of a gas are in a state of constant thermal motion, moving in straight lines until experiencing a collision that 
exchanges momentum between pairs of molecules and sends them bouncing off in other directions. This leads to a completely 
random distribution of the molecular velocities both in speed and direction— or it would in the absence of the Earth’s gravitational 
field which exerts a tiny downward force on each molecule, giving motions in that direction a very slight advantage. In an ordinary 
container this effect is too small to be noticeable, but in a very tall column of air the effect adds up: the molecules in each vertical 
layer experience more downward-directed hits from those above it. The resulting force is quickly randomized, resulting in an 
increased pressure in that layer which is then propagated downward into the layers below. 

At sea level, the total mass of the sea of air pressing down on each 1-cm2 of surface is about 1034 g, or 10340 kg m–2. The force 
(weight) that the Earth’s gravitional acceleration g exerts on this mass is 

resulting in a pressure of 1.013 × 105 n m–2 = 1.013 × 105 Pa. The actual pressure at sea level varies with atmospheric conditions, 

so it is customary to define standard atmospheric pressure as 1 atm = 1.01325 x 105 Pa or 101.325 kPa. Although the standard 

atmosphere is not an SI unit, it is still widely employed. In meteorology, the bar, exactly 1.000 × 105 = 0.967 atm, is often used. 

YouTube Video 
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Numeric scale given in terms of log atm and log pascals respectively. Range is negative 8 to 12 with intervals of 2 atm and negative 3 to 17 
with intervals of 2 pascals. The range from negative 6 to 6 atm and negative 1 to 11 pascals is highlighted to show chemistry pressure range. 

In the early 17th century, the Italian physicist and mathematician Evangalisto Torricelli invented a device to measure 
atmospheric pressure. The Torricellian barometer consists of a vertical glass tube closed at the top and open at the bottom. 
It is filled with a liquid, traditionally mercury, and is then inverted, with its open end immersed in the container of the same 
liquid. The liquid level in the tube will fall under its own weight until the downward force is balanced by the vertical force 
transmitted hydrostatically to the column by the downward force of the atmosphere acting on the liquid surface in the open 
container. Torricelli was also the first to recognize that the space above the mercury constituted a vacuum, and is credited 
with being the first to create a vacuum. 

Diagram showing a barometer setup with arrows pointing on the surface of the liquid to indicate pressure due to atmosphere as well as 
arrow pointing up in the vertical tube to show height of liquid in the tube. 

One standard atmosphere will support a column of mercury that is 760 mm high, so the “millimeter of mercury”, now more 
commonly known as the torr, has long been a common pressure unit in the sciences: 1 atm = 760 torr. 

The Barometer 
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This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

International System of Units (SI Units): International System of Units (SI Units), YouTube(opens in new window) [youtu.be] 

Summary 

The natural sciences begin with observation, and this usually involves numerical measurements of quantities such as length, 
volume, density, and temperature. Most of these quantities have units of some kind associated with them, and these units must 
be retained when you use them in calculations. Measuring units can be defined in terms of a very small number of fundamental 
ones that, through "dimensional analysis", provide insight into their derivation and meaning, and must be understood when 
converting between different unit systems. 

Contributions 

• Stephen Lower, Professor Emeritus (Simon Fraser U.) Chem1 Virtual Textbook 

• Paul Flowers (University of North Carolina - Pembroke), Klaus Theopold (University of Delaware) and Richard Langley 
(Stephen F. Austin State University) with contributing authors. Textbook content produced by OpenStax College is licensed 
under a Creative Commons Attribution License 4.0 license. Download for free at http://cnx.org/contents/
85abf193-2bd...a7ac8df6@9.110). 

YouTube Video 

This page titled 2.1.4: Quantities and associated units is shared under a license and was authored, remixed, and/or curated by LibreTexts. 

• 1.4: Units of Measurement is licensed CC BY-NC-SA 3.0. 
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2.1.4.1: Instruments used to measure mass, length and 
volume 

• Connect basic glassware and equipment with metric units. 
• Provide SI units for mass, temperature, and length. 
• Practice scientific notation and calculator skills (entering powers of ten). 
• Memorize or place the bolded conversion factors on your reference card. 

A variety of instruments are available for making direct measurements of the macroscopic properties of a chemical substance. 
For example, we usually measure the volume of a liquid sample with pipettes, burets, graduated cylinders, and volumetric flasks 
(Figure ), whereas we usually measure the mass of a solid or liquid substance with a balance (Figure ). 

Instruments that Measure Volume 

Many academic scientists report their volume measurements with the milliliter unit. On the other hand, analytical chemists tend 
to work with much smaller volumes, and they would use nanoliter and microliter samples in their laboratory. When considering the 
industrial realm, scientists work with larger volumes and would thus employ the liter unit of measurement. Scientists use beakers 
and flasks to contain liquids.  For measuring this type of matter, graduated cylinders and pipettes are utilized. 

Figure : (left two) Graduated glassware is used to deliver variable volumes of liquid. (right two) Volumetric glassware is used to deliver 
(pipette) or contain (volumetric flask) a single volume accurately when filled to the mark. (CC BY-SA-NC 3.0; anonymous). 

Instruments that Measure Mass 

Balances are utilized to measure the mass of matter. Typically, high school and middle schools will use triple beam balances 
for laboratory activities. Colleges will rely on digital balances. For larger quantities of materials, top-loading digital balances are 
employed. For higher sensitivity and accuracy, some chemists use analytical balances. 

Learning Objectives 
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Figure : Triple beam balance (image from: upload.wikimedia.org/wikiped...m_balance2.JPG. Digital top-loading balance 
(upload.wikimedia.org/wikiped...00-2M_-_01.jpg) and an analytical balance (upload.wikimedia.org/wikiped...-NaCl-1mol.jpg) 

In the academic laboratory (like Furman University's), a chemist will commonly use the gram, or the even smaller unit, the 
milligram. Industrial chemists making larger quantities of material would work with kilograms of materials. Analytical chemists 
(industrial or academic), environmental scientists, and toxicologists are typically more concerned with the smaller units of the 
metric system. For example, many chemicals found in drinking water and air are regulated in concentrations like nanograms and 
or micrograms. 

Tools that Measure Length 

Length is measured using a metric stick or a metric ruler marked in millimeters and centimeters. Most devices used to measure 
length (in the United States) contain both English and metric markings. 

alt 

Figure : Metric and English measuring devices. (CC BY-SA 4.0; Ejay). 

SI Units 

All reported measurements must include an appropriate unit of measurement. To say that a substance has “a mass of 10” does 
not tell whether the mass was measured in grams, pounds, tons, or some other unit. For example, a nurse giving morphine 
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to a patient needs to be specific in the unit dosages. A volume of liters would kill a patient quickly while a milliliter amount 
would provide sufficient pain relief. To establish worldwide standards for the consistent measurement of significant physical 
and chemical properties, an international body called the General Conference on Weights and Measures devised the Système 
Internationale d’unités (or SI). The International System of Units is based on metric units and requires that measurements be 
expressed in decimal form. Table  lists the seven base units of the SI system; all other SI units of measurement are 
derived from them. 

Table : SI Units 

Base Quantity Unit Name Abbreviation 

mass kilogram kg 

length meter m 

time second s 

temperature Kelvin K 

amount of substance mole mol 

intensity of light candela cd 

The Metric System 

Table : Prefixes Used with metric bases of meter, liter, and gram 

Prefix Symbol Value 
Power of 

10 
Meaning 

tera T 1,000,000,000,000 1012 trillion 

giga G 1,000,000,000 109 billion 

mega M 1,000,000 106 million 

kilo k 1000 103 thousand 

hecto h 100 102 hundred 

deca da 10 101 ten 

— — 1 (this is base unit which could be gram, liter, or meter) 100 one 

deci d 0.1 10−1 tenth 

centi c 0.01 10−2 hundredth 

milli m 0.001 10−3 thousandth 

micro 
μ (medical community uses 

mcg) 
0.000001 10−6 millionth 

nano n 0.000000001 10−9 billionth 

pico p 0.000000000001 10−12 trillionth 

femto f 0.000000000000001 10−15 quadrillionth 
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Figure : Example of Supplement Facts by the FDA. (Public Domain, FDA.gov) 

Using negative exponents (see above) is the traditional way to memorize the metric system. Many students who have been 
taught outside of the United States approach the metric system this way. For their conversion factors, students who have 
been taught the metric system in the United States tend to use positive exponents. Either method is fine, pick one method 
and use it consistently. 

Two different ways to memorize the metric systems (be sure to know all bolded conversion factors listed in section 2.1 of this 
OER) 

1 gigabase = 1 x109 base 

1 megabase = 1x106 base 

1 kilobase = 1x103base 

• 1 centibase = 1x10-2base                                                                                                or 1x102 centibase = 
1 base 

• 1 millibase = 1x10-3base                                                                                                 or 1x103 millibase = 
1 base 

• 1 microbase = 1x10-6base                                                                                               or 1x106 microbase = 
1 base 

• 1 nanobase = 1x10-9base                                                                                                or 1x109 nanobase = 
1 base 

Note: A base unit can be gram (mass), meter (length), volume (liter), and joules (energy). 

Additional Units 

When traveling to different regions of the globe, it is helpful to be able to convert from English to Metric units. Please be sure to 
commit the bolded conversions below to memory. 

Unit Conversion 

2.21 pounds = 1.00 kilograms 

Two methods of Memorization for the Metric System 
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1 mile = 1.61 kilometers 

1.00 inch = 2.54 centimeters 

1.00 mL = 1.00 cc (cubic centimeters) = 1.00 cm3 

1 teaspoon (tsp) = 5.00 mL 

12 in = 1.00 ft. 

16 oz. = 1.00 pounds 

Scientific Notation 

Chemists often work with numbers that are exceedingly large or small. For example, entering the mass in grams of a hydrogen 
atom into a calculator requires a display with at least 24 decimal places. A system called scientific notation avoids much of 
the tedium and awkwardness of manipulating numbers with large or small magnitudes. In scientific notation, these numbers are 
expressed in the form 

where N is greater than or equal to 1 and less than 10 (1 ≤ N < 10), and n is a positive or negative integer (100 = 1). The number 
10 is called the base because it is this number that is raised to the power n. Although a base number may have values other than 
10, the base number in scientific notation is always 10. 

A simple way to convert numbers to scientific notation is to move the decimal point as many places to the left or right as needed 
to give a number between 1 to 10 (N). The magnitude of n is then determined as follows: 

• If the decimal point is moved to the left n places, n is positive. 
• If the decimal point is moved to the right n places, n is negative. 

Another way to remember this is to recognize that as the number N decreases in magnitude, the exponent increases, and vice 
versa. The application of this rule is illustrated in Example . 

Convert each number to scientific notation. 

a. 637.8 
b. 0.0479 
c. 7.86 
d. 12,378 
e. 0.00032 
f. 61.06700 
g. 2002.080 
h. 0.01020 

Solution 

Explanation Solution 

To convert 637.8 to a number from 1 to 10, we move the decimal point two places to the left: 6.378 

Because the decimal point was moved two places to the left, n = 2. 
637.8 = 6.378 × 102 

Example : scientific notation 
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Explanation Solution 

To convert 0.0479 to a number from 1 to 10, we move the decimal point two places to the right: 
4.79 

Because the decimal point was moved two places to the right, n = −2. 

0.0479 = 4.79 × 

10−2 

This is usually expressed simply as 7.86. (Recall that 100 = 1). 7.86 × 100 

Move the decimal point four places to the left and note a positive exponent. 1.2378 × 104 

Move the decimal place four places to the right a note a negative exponent. 3.2 × 10−4 

Move the decimal place one space to the left and note a positive exponent. 6.106700 × 101 

Move the decimal place three places to the left and note a positive exponent. 2.002080 × 103 

Move the decimal place two places to the right and note a negative exponent. 1.020 × 10−2 

Using the Scientific Calculator 

Please be sure to obtain a calculator that has an exponent button on it. It will either say "exp" or have an "ee" key indicating 

this function. This key represents the function of 10x. You do not need to enter a 10 for an exponent when using this particular 
function. Read the steps below and practice on your calculator. 

To input powers of ten: 

1. Locate the ee or exp button on your calculator. Do not use the carrot (looks like the ^ button). 
2. Put the coefficient number in and then hit "ee" or "exp." 
3. If you need to have a negative "exp," then locate the +/-  or small - button. 
4. Lastly, input your power of ten. You do not need to put the actual number ten in for the exponent. 

Table 

:
Examples 

Number How to Input in a calculator 

3.95 x 

1015 
Put 3.95 in as the coefficient number. Hit the "ee" or "exp" button. Lastly, enter the 15 for the exponent. Your calculator 

should say 3.95e15. 

9.26 x 

10-4 
Put 9.26 in as the coefficient number. Hit the "ee" or "exp" button. Locate the small +/- button for negative (not minus 

function). Next, enter the number four. Your calculator should say 9.26e-4. 

This is an image of suggested calculators for CHM101. You will need a non-programmable, scientific calculator that does not have 
metric conversion functions. In this picture, you will see the correct way to input one of the numbers shown in the example above. 
Please take time to practice with your calculator before tests and quizzes. 

Use of Calculator 

Suggested Calculators 
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2.2: Numbers in measurement (scientific notation) 

• Learn to express numbers properly 

Quantities have two parts: the number and the unit. The number tells "how many." It is important to be able to express numbers 
properly so that the quantities can be communicated properly. 

Standard Notation 

Standard notation is the straightforward expression of a number. Numbers such as 17, 101.5, and 0.00446 are expressed in 
standard notation. For relatively small numbers, standard notation is fine. However, for very large numbers, such as 306,000,000, 
or for very small numbers, such as 0.000000419, standard notation can be cumbersome because of the number of zeros needed 
to place nonzero numbers in the proper position. 

Scientific Notation 

Scientific notation is an expression of a number using powers of 10. Powers of 10 are used to express numbers that have many 
zeros: 

Table shows the powers of 10. Left side has 10 to a specific power and right side has the equation for the specified power. 

100 = 1 

101 = 10 

102 = 100 = 10 × 10 

103 = 1,000 = 10 × 10 × 10 

104 = 10,000 = 10 × 10 × 10 × 10 

and so forth. 

The raised number to the right of the 10 indicates the number of factors of 10 in the original number. (Scientific notation 
is sometimes called exponential notation.) The exponent's value is equal to the number of zeros in the number expressed in 
standard notation. 

Small numbers can also be expressed in scientific notation but with negative exponents: 

Table shows the powers of 10 with negative exponents. Left side has 10 to a specific power and right side has the equation for the 
specified power. 

10−1 = 0.1 = 1/10 

10−2 = 0.01 = 1/100 

10−3 = 0.001 = 1/1,000 

10−4 = 0.0001 = 1/10,000 

and so forth. Again, the value of the exponent is equal to the number of zeros in the denominator of the associated fraction. A 

Learning Objective 
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negative exponent implies a decimal number less than one. 

A number is expressed in scientific notation by writing the first nonzero digit, then a decimal point, and then the rest of the digits. 
The part of a number in scientific notation that is multiplied by a power of 10 is called the coefficient. We determine the power of 
10 needed to make that number into the original number and multiply the written number by the proper power of 10. For example, 
to write 79,345 in scientific notation, 

Thus, the number in scientific notation is  . For small numbers, the same process is used, but the exponent for the 
power of 10 is negative: 

Typically, the extra zero digits at the end or the beginning of a number are not included (Figure ). 

Figure : "The Blue Marble" is a famous photograph of the Earth taken on December 7, 1972, by the crew of the Apollo 17 spacecraft en 
route to the Moon at a distance of about 29,000 kilometers. This is   . It shows Africa, Antarctica, and the Arabian Peninsula.The 
earth is about 93,000,000 miles from the sun. In scientific notation, this is   . (Public Domain; NASA/Apollo 17 crew; taken by 

either Harrison Schmitt or Ron Evans.) 

Express these numbers in scientific notation. 

a. 306,000 
b. 0.00884 
c. 2,760,000 
d. 0.000000559 

Solution 

a. The number 306,000 is 3.06 times 100,000, or 3.06 times 105. In scientific notation, the number is 3.06 × 105. 

b. The number 0.00884 is 8.84 times 1/1,000, which is 8.84 times 10−3. In scientific notation, the number is 8.84 × 10−3. 

c. The number 2,760,000 is 2.76 times 1,000,000, which is the same as 2.76 times 106. In scientific notation, the number 

is written as 2.76 × 106. Note that we omit the zeros at the end of the original number. 

Example : Expressing Numbers in Scientific Notation 
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d. The number 0.000000559 is 5.59 times 1/10,000,000, which is 5.59 times 10−7. In scientific notation, the number is 

written as 5.59 × 10−7. 

Express these numbers in scientific notation. 

a. 23,070 
b. 0.0009706 

Answer a available at the end of this section. 

Answer b available at the end of this section. 

Another way to determine the power of 10 in scientific notation is to count the number of places you need to move the decimal 
point to get a numerical value between 1 and 10. The number of places equals the power of 10. This number is positive if you 
move the decimal point to the right and negative if you move the decimal point to the left: 

56900 can be written as 5.69 times 10 to the fourth power. 0.000028 can be written as 2.8 times 10 to the negative fifth power. 

Many quantities in chemistry are expressed in scientific notation. When performing calculations, you may have to enter a 
number in scientific notation into a calculator. Be sure you know how to correctly enter a number in scientific notation into your 
calculator. Different models of calculators require different actions for properly entering scientific notation. If in doubt, consult 
your instructor immediately (Figure ). 

Figure : This calculator shows only the coefficient and the power of 10 to represent the number in scientific notation. Thus, the number 
being displayed is  , or . Source: "Casio" Asim Bijarani is licensed under Creative Commons Attribution 

2.0 Generic. 

Key Takeaways 

• Standard notation expresses a number normally. 

Exercise 
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• Scientific notation expresses a number as a coefficient times a power of 10. 
• The power of 10 is positive for numbers greater than 1 and negative for numbers between 0 and 1. 

Answers 
Exercise 

2.307 × 104 

Exercise 

9.706 × 10−4 

This page titled 2.2: Numbers in measurement (scientific notation) is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/
or curated by LibreTexts. 

• 2.2: Expressing Numbers by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/beginning-
chemistry. 
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2.2.1: Scientific notation 

• Learn to express numbers properly 

Quantities have two parts: the number and the unit. The number tells "how many." It is important to be able to express numbers 
properly so that the quantities can be communicated properly. 

Standard Notation 

Standard notation is the straightforward expression of a number. Numbers such as 17, 101.5, and 0.00446 are expressed in 
standard notation. For relatively small numbers, standard notation is fine. However, for very large numbers, such as 306,000,000, 
or for very small numbers, such as 0.000000419, standard notation can be cumbersome because of the number of zeros needed 
to place nonzero numbers in the proper position. 

Scientific Notation 

Scientific notation is an expression of a number using powers of 10. Powers of 10 are used to express numbers that have many 
zeros: 

Table shows the powers of 10. Left side has 10 to a specific power and right side has the equation for the specified power. 

100 = 1 

101 = 10 

102 = 100 = 10 × 10 

103 = 1,000 = 10 × 10 × 10 

104 = 10,000 = 10 × 10 × 10 × 10 

and so forth. 

The raised number to the right of the 10 indicates the number of factors of 10 in the original number. (Scientific notation 
is sometimes called exponential notation.) The exponent's value is equal to the number of zeros in the number expressed in 
standard notation. 

Small numbers can also be expressed in scientific notation but with negative exponents: 

Table shows the powers of 10 with negative exponents. Left side has 10 to a specific power and right side has the equation for the 
specified power. 

10−1 = 0.1 = 1/10 

10−2 = 0.01 = 1/100 

10−3 = 0.001 = 1/1,000 

10−4 = 0.0001 = 1/10,000 

and so forth. Again, the value of the exponent is equal to the number of zeros in the denominator of the associated fraction. A 

Learning Objective 
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negative exponent implies a decimal number less than one. 

A number is expressed in scientific notation by writing the first nonzero digit, then a decimal point, and then the rest of the digits. 
The part of a number in scientific notation that is multiplied by a power of 10 is called the coefficient. We determine the power of 
10 needed to make that number into the original number and multiply the written number by the proper power of 10. For example, 
to write 79,345 in scientific notation, 

Thus, the number in scientific notation is  . For small numbers, the same process is used, but the exponent for the 
power of 10 is negative: 

Typically, the extra zero digits at the end or the beginning of a number are not included (Figure ). 

Figure : "The Blue Marble" is a famous photograph of the Earth taken on December 7, 1972, by the crew of the Apollo 17 spacecraft en 
route to the Moon at a distance of about 29,000 kilometers. This is   . It shows Africa, Antarctica, and the Arabian Peninsula.The 
earth is about 93,000,000 miles from the sun. In scientific notation, this is   . (Public Domain; NASA/Apollo 17 crew; taken by 

either Harrison Schmitt or Ron Evans.) 

Express these numbers in scientific notation. 

a. 306,000 
b. 0.00884 
c. 2,760,000 
d. 0.000000559 

Solution 

a. The number 306,000 is 3.06 times 100,000, or 3.06 times 105. In scientific notation, the number is 3.06 × 105. 

b. The number 0.00884 is 8.84 times 1/1,000, which is 8.84 times 10−3. In scientific notation, the number is 8.84 × 10−3. 

c. The number 2,760,000 is 2.76 times 1,000,000, which is the same as 2.76 times 106. In scientific notation, the number 

is written as 2.76 × 106. Note that we omit the zeros at the end of the original number. 

Example : Expressing Numbers in Scientific Notation 
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d. The number 0.000000559 is 5.59 times 1/10,000,000, which is 5.59 times 10−7. In scientific notation, the number is 

written as 5.59 × 10−7. 

Express these numbers in scientific notation. 

a. 23,070 
b. 0.0009706 

Answer a available at the end of this section. 

Answer b available at the end of this section. 

Another way to determine the power of 10 in scientific notation is to count the number of places you need to move the decimal 
point to get a numerical value between 1 and 10. The number of places equals the power of 10. This number is positive if you 
move the decimal point to the right and negative if you move the decimal point to the left: 

56900 can be written as 5.69 times 10 to the fourth power. 0.000028 can be written as 2.8 times 10 to the negative fifth power. 

Many quantities in chemistry are expressed in scientific notation. When performing calculations, you may have to enter a 
number in scientific notation into a calculator. Be sure you know how to correctly enter a number in scientific notation into your 
calculator. Different models of calculators require different actions for properly entering scientific notation. If in doubt, consult 
your instructor immediately (Figure ). 

Figure : This calculator shows only the coefficient and the power of 10 to represent the number in scientific notation. Thus, the number 
being displayed is  , or . Source: "Casio" Asim Bijarani is licensed under Creative Commons Attribution 

2.0 Generic. 

Key Takeaways 

• Standard notation expresses a number normally. 

Exercise 
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• Scientific notation expresses a number as a coefficient times a power of 10. 
• The power of 10 is positive for numbers greater than 1 and negative for numbers between 0 and 1. 

Answers 
Exercise 

2.307 × 104 

Exercise 

9.706 × 10−4 

This page titled 2.2.1: Scientific notation is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by LibreTexts. 

• 2.2: Expressing Numbers by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/beginning-
chemistry. 
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2.2.2: Calculator skills 

Template:HideTOC 

Using the Scientific Calculator 

Please be sure to obtain a calculator that has an exponent button on it. It will either say "exp" or have an "ee" key indicating 

this function. This key represents the function of 10x. You do not need to enter a 10 for an exponent when using this particular 
function. Read the steps below and practice on your calculator. 

To input powers of ten: 

1. Locate the ee or exp button on your calculator. Do not use the carrot (looks like the ^ button). 
2. Put the coefficient number in and then hit "ee" or "exp." 
3. If you need to have a negative "exp," then locate the +/- button. 
4. Lastly, input your power of ten. You do not need to put the actual number ten in for the exponent. 

Table 

:
Examples 

Number How to Input in a calculator 

3.95 x 

1015 
Put 3.95 in as the coefficient number. Hit the "ee" or "exp" button. Lastly, enter the 15 for the exponent. Your calculator 

should say 3.95e15. 

9.26 x 

10-4 
Put 9.26 in as the coefficient number. Hit the "ee" or "exp" button. Locate the small +/- button for negative (not minus 

function). Next, enter the number four. Your calculator should say 9.26e-4. 

This is an image of suggested calculators for Chem& 121. You will need a non-programmable, scientific calculator that does not 
have metric conversion functions. In this picture, you will see the correct way to input one of the numbers shown in the example 
above. Please take time to practice with your calculator before tests and quizzes. 

Use of Calculator 

Suggested Calculators 
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2.2.3: Significant Figures 

• Apply the concept of significant figures to limit a measurement to the proper number of digits. 
• Recognize the number of significant figures in a given quantity. 
• Limit mathematical results to the proper number of significant figures. 

If you use a calculator to evaluate the expression 337/217, you will get the following: 

and so on for many more digits. Although this answer is correct, it is somewhat presumptuous. You start with two values that each 
have three digits, and the answer has twelve digits? That does not make much sense from a strict numerical point of view. 

Consider using a ruler to measure the width of an object, as shown in Figure . The object is definitely more than 1 cm long, 
so we know that the first digit in our measurement is 1. We see by counting the tick marks on the ruler that the object is at least 
three ticks after the 1. If each tick represents 0.1 cm, then we know the object is at least 1.3 cm wide. But our ruler does not 
have any more ticks between the 0.3 and the 0.4 marks, so we can't know exactly how much the next decimal place is. But with a 
practiced eye we can estimate it. Let us estimate it as about six-tenths of the way between the third and fourth tick marks, which 
estimates our hundredths place as 6, so we identify a measurement of 1.36 cm for the width of the object. 

Figure : Expressing Width. What is the proper way to express the width of this object? 

Does it make any sense to try to report a thousandths place for the measurement? No, it doesn't; we are not exactly sure of 
the hundredths place (after all, it was an estimate only), so it would be fruitless to estimate a thousandths place. Our best 
measurement, then, stops at the hundredths place, and we report 1.36 cm as proper measurement. 

This concept of reporting the proper number of digits in a measurement or a calculation is called significant figures. Significant 
figures (sometimes called significant digits) represent the limits of what values of a measurement or a calculation we are sure 
of. The convention for a measurement is that the quantity reported should be all known values and the first estimated value. The 
conventions for calculations are discussed as follows. 

Learning Objective 
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Use each diagram to report a measurement to the proper number of significant figures. 

 

Solution 

1. The arrow is between 4.0 and 5.0, so the measurement is at least 4.0. The arrow is between the third and fourth small 
tick marks, so it's at least 0.3. We will have to estimate the last place. It looks like about one-third of the way across 
the space, so let us estimate the hundredths place as 3. Combining the digits, we have a measurement of 4.33 psi (psi 
stands for "pounds per square inch" and is a unit of pressure, like air in a tire). We say that the measurement is reported 
to three significant figures. 

2. The rectangle is at least 1.0 cm wide but certainly not 2.0 cm wide, so the first significant digit is 1. The rectangle's 
width is past the second tick mark but not the third; if each tick mark represents 0.1, then the rectangle is at least 0.2 
in the next significant digit. We have to estimate the next place because there are no markings to guide us. It appears 
to be about halfway between 0.2 and 0.3, so we will estimate the next place to be a 5. Thus, the measured width of the 
rectangle is 1.25 cm. Again, the measurement is reported to three significant figures. 

What would be the reported width of this rectangle? 

Example 

Exercise 
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Answer available at the end of this section. 

In many cases, you will be given a measurement. How can you tell by looking what digits are significant? For example, the reported 
population of the United States is 306,000,000. Does that mean that it is exactly three hundred six million, or is some estimation 
occurring? 

The following conventions dictate which numbers in a reported measurement are significant and which are not significant: 

1. Any nonzero digit is significant. 
2. Any zeros between nonzero digits (i.e., embedded zeros) are significant. 
3. Zeros at the end of a number without a decimal point (i.e., trailing zeros) are not significant; they serve only to put the 

significant digits in the correct positions. However, zeros at the end of any number with a decimal point are significant. 
4. Zeros at the beginning of a decimal number (i.e., leading zeros) are not significant; again, they serve only to put the 

significant digits in the correct positions. 

So, by these rules, the population figure of the United States has only three significant figures: the 3, the 6, and the zero between 
them. The remaining six zeros simply put the 306 in the millions position. (See Figure  for another example.) 

Figure : Significant Figures. How many of the numbers in this display are actually significant? (Public Domain.) 

Give the number of significant figures in each measurement. 

a. 36.7 m 
b. 0.006606 s 
c. 2,002 kg 
d. 306,490,000 people 

Solution 

a. By rule 1, all nonzero digits are significant, so this measurement has three significant figures. 
b. By rule 4, the first three zeros are not significant, but by rule 2 the zero between the sixes is; therefore, this number has 

four significant figures. 
c. By rule 2, the two zeros between the twos are significant, so this measurement has four significant figures. 
d. The four trailing zeros in the number are not significant, but the other five numbers are, so this number has five 

significant figures. 

Example 
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Give the number of significant figures in each measurement. 

a. 0.000601 m 
b. 65.080 kg 

Answer a available at the end of this section. 

How are significant figures handled in calculations? It depends on what type of calculation is being performed. If the calculation 
is an addition or a subtraction, the rule is as follows: limit the reported answer to the rightmost column that all numbers have 
significant figures in common. For example, if you were to add 1.2 and 4.21, we note that the first number stops its significant 
figures in the tenths column, while the second number stops its significant figures in the hundredths column. We therefore limit 
our answer to the tenths column. 

We drop the last digit—the 1—because it is not significant to the final answer. 

The dropping of positions in sums and differences brings up the topic of rounding. Although there are several conventions, in this 
text we will adopt the following rule: the final answer should be rounded up if the first dropped digit is 5 or greater, and rounded 
down if the first dropped digit is less than 5. 

Express the final answer to the proper number of significant figures. 

a. 101.2 + 18.702 = ? 
b. 202.88 − 1.013 = ? 

Solution 

a. If we use a calculator to add these two numbers, we would get 119.902. However, most calculators do not understand 
significant figures, and we need to limit the final answer to the tenths place. Thus, we drop the 02 and report a final 
answer of 119.9 (rounding down). 

Exercise 

Example 
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b. A calculator would answer 201.867. However, we have to limit our final answer to the hundredths place. Because the first 
number being dropped is 7, which is greater than 5, we round up and report a final answer of 201.87. 

Express the answer for 

to the proper number of significant figures. 

Answer available at the end of this section. 

If the operations being performed are multiplication or division, the rule is as follows: limit the answer to the number of significant 
figures that the data value with the least number of significant figures has. So if we are dividing 23 by 448, which have two and 
three significant figures respectively, we should limit the final reported answer to two significant figures (the lesser of two and 
three significant figures): 

The same rounding rules apply in multiplication and division as they do in addition and subtraction. 

Express the final answer to the proper number of significant figures. 

a. 76.4 × 180.4 = ? 
b. 934.9 ÷ 0.00455 = ? 

Solution 

a. The first number has three significant figures, while the second number has four significant figures. Therefore, we limit 
our final answer to three significant figures: 76.4 × 180.4 = 13,782.56 = 13,800. 

b. The first number has four significant figures, while the second number has three significant figures. Therefore, we limit 
our final answer to three significant figures: 934.9 ÷ 0.00455 = 205,472.5275… = 205,000. 

Express the final answer to the proper number of significant figures. 

a. 22.4 × 8.314 = ? 
b. 1.381 ÷ 6.02 = ? 

Answer a available at the end of this section. 

As you have probably realized by now, the biggest issue in determining the number of significant figures in a value is the zero. 
Is the zero significant or not? One way to unambiguously determine whether a zero is significant or not is to write a number 
in scientific notation. Scientific notation will include zeros in the coefficient of the number only if they are significant. Thus, the 

number 8.666 × 106 has four significant figures. However, the number 8.6660 × 106 has five significant figures. That last zero is 
significant; if it were not, it would not be written in the coefficient. So, when in doubt about expressing the number of significant 
figures in a quantity, use scientific notation and include the number of zeros that are truly significant. 

Exercise 

Example : Significant Figures 

Exercise 
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Summary 

• Significant figures in a quantity indicate the number of known values plus one place that is estimated. 
• There are rules for which numbers in a quantity are significant and which are not significant. 
• In calculations involving addition and subtraction, limit significant figures based on the rightmost place that all values have 

in common. 
• In calculations involving multiplication and division, limit significant figures to the least number of significant figures in all 

the data values. 

Answers 
Exercise 

0.63 cm 

Exercise 

three significant figures 

five significant figures 

Exercise 

21.9 

Exercise 

186 

0.229 

This page titled 2.2.3: Significant Figures is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by LibreTexts. 

• 2.4: Significant Figures by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/beginning-
chemistry. 
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2.2.4: Error in measurement 

Figure  (Credit: Vald Kliper; Source: http://commons.wikimedia.org/wiki/
File:Resistencias_250W_5%2525_sobre_papel_milimetrado.JPG(opens in new window); License: Public Domain) 

How does an electrical circuit work? 

A complicated piece of electronic equipment may contain several resistors that have the role of controlling the voltage and 
current in the electrical circuit. If there is too much current, the apparatus malfunctions. Conversely, too little current means the 
system simply will not perform. The resistor values are always given with an error range. A resistor may have a stated value of 200 
ohms, but a  error range, meaning the resistance could be anywhere between 195 and 205 ohms. By knowing these values, an 
electronics person can design and service the equipment to make sure that it functions properly. 

Percent Error 

An individual measurement may be accurate or inaccurate, depending on how close it is to the true value. Suppose that you are 
doing an experiment to determine the density of a sample of aluminum metal. The accepted value of a measurement is the true 
or correct value based on general agreement with a reliable reference. For aluminum, the accepted density is  . The 
experimental value of a measurement is the value that is measured during the experiment. Suppose that in your experiment, 
you determine an experimental value for the aluminum density to be  . The error of an experiment is the difference 
between the experimental and accepted values. 

If the experimental value is less than the accepted value, the error is negative. If the experimental value is larger than the 
accepted value, the error is positive. Often, error is reported as the absolute value of the difference in order to avoid the confusion 
of a negative error. The percent error is the absolute value of the error, divided by the accepted value, and multiplied by . 

To calculate the percent error for the aluminum density measurement, we can substitute the given values of   for the 
experimental value and   for the accepted value. 
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If the experimental value is equal to the accepted value, the percent error is equal to 0. As the accuracy of a measurement 
decreases, the percent error of that measurement rises. 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Summary 

• Definitions of accepted value and experimental values are given. 
• Calculations of error and percent error are demonstrated. 

Review 

1. Define accepted value. 
2. Define experimental value 
3. What happens as the accuracy of the measurement decreases? 

YouTube Video 

This page titled 2.2.4: Error in measurement is shared under a CK-12 license and was authored, remixed, and/or curated by LibreTexts. 

• 3.13: Percent Error by CK12 is licensed CK-12. Original source: https://flexbooks.ck12.org/cbook/ck-12-chemistry-flexbook-2.0/. 
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2.2.5: Rounding off 

Make sure you thoroughly understand the following essential ideas which have been presented above. It is especially 
important that you know the precise meanings of all the highlighted terms in the context of this topic. 

• Give an example of a measurement whose number of significant digits is clearly too great, and explain why. 
• State the purpose of rounding off, and describe the information that must be known to do it properly. 
• Round off a number to a specified number of significant digits. 
• Explain how to round off a number whose second-most-significant digit is 9. 
• Carry out a simple calculation that involves two or more observed quantities, and express the result in the appropriate 

number of significant figures. 

The numerical values we deal with in science (and in many other aspects of life) represent measurements whose values are 
never known exactly. Our pocket-calculators or computers don't know this; they treat the numbers we punch into them as "pure" 
mathematical entities, with the result that the operations of arithmetic frequently yield answers that are physically ridiculous even 
though mathematically correct. The purpose of this unit is to help you understand why this happens, and show you what to do 
about it. 

Digits: significant and otherwise 

• "The population of our city is 157,872." 
• "The number of registered voters as of Jan 1 was 27,833." 

Consider the two statements shown above. Which of these would you be justified in dismissing immediately? Certainly not the 
second one, because it probably comes from a database which contains one record for each voter, so the number is found simply 
by counting the number of records. 

The first statement cannot possibly be correct. Even if a city’s population could be defined in a precise way (Permanent residents? 
Warm bodies?), how can we account for the minute-by minute changes that occur as people are born and die, or move in and 
move away? 

What is the difference between the two population numbers stated above? The first one expresses a quantity that cannot be 
known exactly– that is, it carries with it a degree of uncertainty. It is quite possible that the last census yielded precisely 157,872 
records, and that this might be the “population of the city” for legal purposes, but it is surely not the “true” population. To better 
reflect this fact, one might list the population (in an atlas, for example) as 157,900 or even 158,000. These two quantities have 
been rounded off to four and three significant figures, respectively, and the have the following meanings: 

• 157900 (the significant digits are underlined here) implies that the population is believed to be within the range of about 
157850 to about 157950. In other words, the population is 157900±50. The “plus-or-minus 50” appended to this number 
means that we consider the absolute uncertainty of the population measurement to be 50 – (–50) = 100. We can also say 
that the relative uncertainty is 100/157900, which we can also express as 1 part in 1579, or 1/1579 = 0.000633, or about 
0.06 percent. 

• The value 158000 implies that the population is likely between about 157500 and 158500, or 158000±500. The absolute 
uncertainty of 1000 translates into a relative uncertainty of 1000/158000 or 1 part in 158, or about 0.6 percent. 

Which of these two values we would report as “the population” will depend on the degree of confidence we have in the original 
census figure; if the census was completed last week, we might round to four significant digits, but if it was a year or so ago, 
rounding to three places might be a more prudent choice. In a case such as this, there is no really objective way of choosing 
between the two alternatives. 

This illustrates an important point: the concept of significant digits has less to do with mathematics than with our confidence in a 
measurement. This confidence can often be expressed numerically (for example, the height of a liquid in a measuring tube can be 
read to ±0.05 cm), but when it cannot, as in our population example, we must depend on our personal experience and judgment. 

So, what is a significant digit? According to the usual definition, it is all the numerals in a measured quantity (counting from the 
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left) whose values are considered as known exactly, plus one more whose value could be one more or one less: 

• In “157900” (four significant digits), the leftmost three digits are known exactly, but the fourth digit, “9” could well be “8” if 
the “true value” is within the implied range of 157850 to 157950. 

• In “158000” (three significant digits), the leftmost two digits are known exactly, while the third digit could be either “7” or 
“8” if the true value is within the implied range of 157500 to 158500. 

Although rounding off always leads to the loss of numeric information, what we are getting rid of can be considered to be “numeric 
noise” that does not contribute to the quality of the measurement. 

The purpose in rounding off is to avoid expressing a value to a greater degree of precision than is consistent with the uncertainty 
in the measurement. 

Implied Uncertainty and Round-off error 

If you know that a balance is accurate to within 0.1 mg, say, then the uncertainty in any measurement of mass carried out on this 
balance will be ±0.1 mg. Suppose, however, that you are simply told that an object has a length of 0.42 cm, with no indication 
of its precision. In this case, all you have to go on is the number of digits contained in the data. Thus the quantity “0.42 cm” is 
specified to 0.01 unit in 0 42, or one part in 42 . The implied relative uncertainty in this figure is 1/42, or about 2%. The precision 
of any numeric answer calculated from this value is therefore limited to about the same amount. 

It is important to understand that the number of significant digits in a value provides only a rough indication of its precision, and 
that information is lost when rounding off occurs. 

Suppose, for example, that we measure the weight of an object as 3.28 g on a balance believed to be accurate to within ±0.05 
gram. The resulting value of 3.28±.05 gram tells us that the true weight of the object could be anywhere between 3.23 g and 3.33 
g. The absolute uncertainty here is 0.1 g (±0.05 g), and the relative uncertainty is 1 part in 32.8, or about 3 percent. 

How many significant digits should there be in the reported measurement? Since only the leftmost “3” in “3.28” is certain, you 
would probably elect to round the value to 3.3 g. So far, so good. But what is someone else supposed to make of this figure when 
they see it in your report? The value “3.3 g” suggests an implied uncertainty of 3.3±0.05 g, meaning that the true value is likely 
between 3.25 g and 3.35 g. This range is 0.02 g below that associated with the original measurement, and so rounding off has 
introduced a bias of this amount into the result. Since this is less than half of the ±0.05 g uncertainty in the weighing, it is not a 
very serious matter in itself. However, if several values that were rounded in this way are combined in a calculation, the rounding-
off errors could become significant. 

The standard rules for rounding off are well known. Before we set them out, let us agree on what to call the various components 
of a numeric value. 

• The most significant digit is the leftmost digit (not counting any leading zeros which function only as placeholders and are 
never significant digits.) 

• If you are rounding off to n significant digits, then the least significant digit is the nth digit from the most significant digit.The 
least significant digit can be a zero. 

• The first non-significant digit is the n+1th digit. 
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• If the first non-significant digit is less than 5, then the least significant digit remains unchanged. 
• If the first non-significant digit is greater than 5, the least significant digit is incremented by 1. 
• If the first non-significant digit is 5, the least significant digit can either be incremented or left unchanged (see below!) 
• All non-significant digits are removed. 

Students are sometimes told to increment the least significant digit by 1 if it is odd, and to leave it unchanged if it is even. One 
wonders if this reflects some idea that even numbers are somehow “better” than odd ones! (The ancient superstition is just the 
opposite, that only the odd numbers are "lucky".) 

In fact, you could do it equally the other way around, incrementing only the even numbers. If you are only rounding a single 
number, it doesn’t really matter what you do. However, when you are rounding a series of numbers that will be used in a 
calculation, if you treated each first-nonsignificant 5 in the same way, you would be over- or underestimating the value of the 
rounded number, thus accumulating round-off error. Since there are equal numbers of even and odd digits, incrementing only the 
one kind will keep this kind of error from building up. 

You could do just as well, of course, by flipping a coin! 

Table: Examples of rounding-off 

number to round 
/ 

no. of sig. digits 
result comment 

34.216 / 3 34.2 
First non-significant digit (1) is less than 5, 

so number is simply truncated. 

2.252 / 2 
2.2 or 

2.3 
First non-significant digit is 5, so least sig. digit can either remain unchanged or be 

incremented. 

39.99 / 3 40.0 Crossing "decimal boundary", so all numbers change. 

85,381 / 3 85,400 The two zeros are just placeholders 

0.04597 / 3 0.0460 The two leading zeros are not significant digits. 

Rounding Up The Nines 

Suppose that an object is found to have a weight of 3.98 ± 0.05 g. This would place its true weight somewhere in the range of 
3.93 g to 4.03 g. In judging how to round this number, you count the number of digits in “3.98” that are known exactly, and you 
find none! Since the “4” is the leftmost digit whose value is uncertain, this would imply that the result should be rounded to one 
significant figure and reported simply as 4 g. An alternative would be to bend the rule and round off to two significant digits, 
yielding 4.0 g. How can you decide what to do? 

In a case such as this, you should look at the implied uncertainties in the two values, and compare them with the uncertainty 
associated with the original measurement. 

rounded 
value 

implied 
max 

implied 
min 

absolute uncertainty relative uncertainty 

3.98 g 3.985 g 3.975 g ±.005 g or 0.01 g 1 in 400, or 0.25% 

4 g 4.5 g 3.5 g ±.5 g or 1 g 1 in 4, 25% 

4.0 g 4.05 g 3.95 g ±.05 g or 0.1 g 1 in 40, 2.5% 

Clearly, rounding off to two digits is the only reasonable course in this example. 

The same kind of thing could happen if the original measurement was 9.98 ± 0.05 g. Again, the true value is believed to be in the 
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range of 10.03 g to 9.93 g. The fact that no digit is certain here is an artifact of decimal notation. The absolute uncertainty in the 
observed value is 0.1 g, so the value itself is known to about 1 part in 100, or 1%. Rounding this value to three digits yields 10.0 g 
with an implied uncertainty of ±.05 g, or 1 part in 100, consistent with the uncertainty in the observed value. 

Observed values should be rounded off to the number of digits that most accurately conveys the uncertainty in the measurement. 

• Usually, this means rounding off to the number of significant digits in in the quantity; that is, the number of digits (counting 
from the left) that are known exactly, plus one more. 

• When this cannot be applied (as in the example above when addition of subtraction of the absolute uncertainty bridges a 
power of ten), then we round in such a way that the relative implied uncertainty in the result is as close as possible to that of 
the observed value. 

Rounding off the Results of Calculations 

When carrying out calculations that involve multiple steps, you should avoid doing any rounding until you obtain the final result. 
In science, we frequently need to carry out calculations on measured values. For example, you might use your pocket calculator 
to work out the area of a rectangle: 

Your calculator is of course correct as far as the pure numbers go, but you would be wrong to write down 1.57676 cm2 as the 
answer. Two possible options for rounding off the calculator answer are shown below: 

Rounded Value Precision 

1.58 1 part in 158, or 0.6% 

1.6 1 part in 16, or 6 % 

It is clear that neither option is entirely satisfactory; rounding to 3 significant digits leaves the answer too precisely specified, 
whereas following the rule and rounding to 2 digits has the effect of throwing away some precision. In this case, it could be 
argued that rounding to three digits is justified because the implied relative uncertainty in the answer, 0.6%, is more consistent 
with those of the two factors. 

The above example is intended to point out that the rounding-off rules, although convenient to apply, do not always yield the most 
desirable result. When in doubt, it is better to rely on relative implied uncertainties. 

Addition and Subtraction 

When adding or subtracting, we go by the number of decimal places rather than by the number of significant digits. Identify the 
quantity having the smallest number of decimal places, and use this number to set the number of decimal places in the answer. 
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Multiplication and Division 

The result must contain the same number of significant figures as in the value having the least number of significant figures. 

Logarithms and Antilogarithms 

Express the base-10 logarithm of a value using the same number of significant figures as is present in the normalized form of 
that value. Similarly, for antilogarithms (numbers expressed as powers of 10), use the same number of significant figures as are 
in that power. 

If a number is expressed in the form a × 10b ("scientific notation") with the additional restriction that the coefficient a is no less 
than 1 and less than 10, the number is in its normalized form. 

More Rounding Examples 

The following examples will illustrate the most common problems you are likely to encounter in rounding off the results of 
calculations. They deserve your careful study! 

calculator result rounded remarks 

1.6 

Rounding to two significant figures yields an 
implied uncertainty of 1/16 or 6%, three times 
greater than that in the least-preciseely known 

factor. This is a good illustration of how rounding 
can lead to the loss of information. 

mean? 
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calculator result rounded remarks 

1.9E6 

The "3.1" factor is specified to 1 part in 31, or 3%. 
In the answer 1.9, the value is expressed to 1 part 
in 19, or 5%. These precisions are comparable, 

so the rounding-off rule has given us a 
reasonable result. 

A certain book has a thickness of 117 mm; find the height of a 
stack of 24 identical books: 

2810 mm 

The “24” and the “1” are exact, so the only 
uncertain value is the thickness of each book, 

given to 3 significant digits. The trailing zero in 
the answer is only a placeholder. 

10.4 

In addition or subtraction, look for the term 
having the smallest number of decimal places, 

and round off the answer to the same number of 
places. 

23 cm [see below] 

The last of the examples shown above represents the very common operation of converting one unit into another. There is a 
certain amount of ambiguity here; if we take "9 in" to mean a distance in the range 8.5 to 9.5 in, then the uncertainty is ±0.5 in, 
which is 1 part in 18, or about ± 6%. The relative uncertainty in the answer must be the same, since all the values are multiplied 
by the same factor, 2.54 cm/in. In this case we are justified in writing the answer to two significant digits, yielding an uncertainty 
of about ±4 cm; if we had used the answer "20 cm" (one significant digit), its implied uncertainty would be ±5 cm, or ±25%. 
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When the appropriate number of significant digits is in question, calculating the relative uncertainty can help you decide. 

This page titled 2.2.5: Rounding off is shared under a CC BY 3.0 license and was authored, remixed, and/or curated by LibreTexts. 

• 3.3: Significant Figures and Rounding off by Stephen Lower is licensed CC BY 3.0. Original source: http://www.chem1.com/acad/webtext/
virtualtextbook.html. 
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2.2.5.1: Expressing Numbers 
This page was auto-generated because a user created a sub-page to this page. 

This page titled 2.2.5.1: Expressing Numbers is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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2.3: Unit conversions 

This page titled 2.3: Unit conversions is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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2.3.1: Unit Conversion with the Metric System 

Because chemists often deal with measurements that are both very small (as in the size of an atom) and very large (as in numbers 
of atoms), it is often necessary to convert between units of metric measurement. For example, a mass measured in grams may 

be more convenient to work with if it was expressed in mg (10–3 × g). Converting between metric units is an exercise in unit 
analysis (also called dimensional analysis). Unit analysis is a form of proportional reasoning where a given measurement can be 
multiplied by a known proportion or ratio to give a result having a different unit, or dimension. For example, if you had a sample 
of a substance with a mass of 0.0034 grams and you wished to express that mass in mg you could use the following unit analysis: 

The given quantity in this example is the mass of 0.0034 grams. The quantity that you want to find is the mass in mg, and the 

known proportion or ratio is given by the definition of the metric prefix, that is one mg is equal to 10-3 grams. Expressing this as 

a proportion or ratio, you could say there is one mg per 10-3 grams, or: 

Looking at this expression, the numerator, 1 mg, is equivalent to saying 1 × 10–3 g, which is identical to the value in the 
denominator. This ratio, therefore has a numeric value of one (anything divided by itself is one, by definition). Algebraically, we 
know that we are allowed to multiply any number by one and that number will be unchanged. If, however, the number has units, 
and we multiply it by a ratio containing units, the units in the number will multiply and divide by the units of the ratio, giving the 
original number (remember you are multiplying by one) but with different units. In the present case, if we multiply the given by 
the known ratio, the unit “g” will cancel, leaving “mg” as the only remaining unit. The original number in grams has therefore been 
converted to milligrams, the units that you wanted to find. 

The method that we used to solve this problem can be generalized as: given × known ratio = find. The given is a numerical 
quantity (with its units), the known ratio is based on the metric prefixes and is set up so that the units in the denominator of the 
ratio match the units of given and the units in the numerator match those in find. When these are multiplied, the number from 
given will now have the units of find. In the ratio used in the example, “g” (the units of given) appear in the denominator and “mg” 
(the units of find) appear in the numerator. 

As an example of a case where the units of the known ratio must be inverted, if you wanted to convert 1.3 × 107 µg into grams, 

the given would be 1.3 × 107 µg, the find would be grams and the known ratio would be based on the definition of µg as one µg 

per 10-6 grams. This ratio must be expressed in the solution with µg (the units of given) in the denominator and g (the units of 
find) in the numerator. 

Note that instead of “one µg per 10-6 grams”, we must invert the known ratio and state it as either “10-6 grams per 1 µg” so 
that the units of given (µg) will cancel. We can do this inversion because the ratio still has a numeric value of one. Simple ratios 
like these can also be used to convert English measurements in to their metric equivalents. The ratio relating inches to meters is 

. 

Convert the following metric measurements into the indicated units: 

a. 9.3 × 10-4 g into ng 
b. 278 g into mg 

Convert the following metric measurements into the indicated units: 

a. 2,057 grams - as kg 

Exercise 

Exercise 
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b. 1.25 × 10-7 meters - as µm 

c. 6.58 × 104 meters - as km 

d. 2.78 × 10-1 grams - as mg 

In the examples we have done thus far, we have been able to write a known ratio based on the definition of the appropriate 
metric prefix. But what if we wanted to take a number that was expressed in milligrams and convert it to a number with the units 
of nanograms? In a case like this, we need to use two known ratios in sequence; the first with the units of given (mg) in the 
denominator and the second with the units of find (ng) in the numerator. For example, if we were given 0.00602 mg and asked 
to find ng, we could set up a ratio based on grams per mg. If we solved the problem at this point, we would have a result with the 
units of grams. To get a final answer in terms of ng, we would need to multiply this intermediate result (the new given) by a ratio 
based on nanograms per gram. 

In the first two terms, the units of “mg” cancel and in the second two terms, “g” cancels leaving only “ng”, the units of find. One 
of the reassuring pleasures of doing these types of problems is that, if you set up your problem and the units cancel, leaving only 
the units of find, you know you have set up the problem correctly! All you have to do is to do the sequential calculations and you 
know your answer is correct! 

Convert the following metric measurements into the indicated units: 

a. 2,057 mg - into kg 

b. 1.25 × 10-7 km - into µm 

c. 9.3 × 10-4 pg - into ng 

d. 6.5 × 104 mm - into km 

Exercise 

This page titled 2.3.1: Unit Conversion with the Metric System is shared under a CC BY-SA 4.0 license and was authored, remixed, and/or 
curated by LibreTexts. 

• 1.5: Unit Conversion with the Metric System by Paul R. Young is licensed CC BY-SA 4.0. Original source: https://en.wikibooks.org/wiki/
Introductory_Chemistry_Online. 
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2.3.2: Temperature conversions 

• Learn about the various temperature scales that are commonly used in chemistry. 
• Define density and use it as a conversion factor. 

There are other units in chemistry that are important, and we will cover others over the course of the entire book. One of the 
fundamental quantities in science is temperature. Temperature is a measure of the average amount of energy of motion, or 
kinetic energy, a system contains. Temperatures are expressed using scales that use units called degrees, and there are several 
temperature scales in use. In the United States, the commonly used temperature scale is the Fahrenheit scale (symbolized by °F 
and spoken as "degrees Fahrenheit"). On this scale, the freezing point of liquid water (the temperature at which liquid water turns 
to solid ice) is 32°F, and the boiling point of water (the temperature at which liquid water turns to steam) is 212°F. 

Science also uses other scales to express temperature. The Celsius scale (symbolized by °C and spoken as "degrees Celsius") is 
a temperature scale where 0°C is the freezing point of water and 100°C is the boiling point of water; the scale is divided into 
100 divisions between these two landmarks and extended higher and lower. By comparing the Fahrenheit and Celsius scales, a 
conversion between the two scales can be determined: 

a. What is 98.6 °F in degrees Celsius? 
b. What is 25.0 °C in degrees Fahrenheit? 

Solution 

a. Using Equation , we have 

b. Using Equation , we have 

a. Convert 0 °F to degrees Celsius. 
b. Convert 212 °C to degrees Fahrenheit. 

Answer a available at the end of this section. 

Learning Objective 

Example : Conversions 

Exercise 
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Answer b available at the end of this section. 

The fundamental unit of temperature (another fundamental unit of science, bringing us to four) in SI is the kelvin (K). The Kelvin 
temperature scale (note that the name of the scale capitalizes the word Kelvin, but the unit itself is lowercase) uses degrees that 
are the same size as the Celsius degree, but the numerical scale is shifted up by 273.15 units. That is, the conversion between 
the Kelvin and Celsius scales is as follows: 

For most purposes, it is acceptable to use 273 instead of 273.15. Note that the Kelvin scale does not use the word degrees; a 
temperature of 295 K is spoken of as "two hundred ninety-five kelvins" and not "two hundred ninety-five degrees Kelvin." 

The reason that the Kelvin scale is defined this way is because there exists a minimum possible temperature called absolute zero 
(zero kelvins). The Kelvin temperature scale is set so that 0 K is absolute zero, and temperature is counted upward from there. 
Normal room temperature is about 295 K, as seen in the following example. 

If normal room temperature is 72.0°F, what is room temperature in degrees Celsius and kelvin? 

Solution 

First, we use the formula to determine the temperature in degrees Celsius: 

Then we use the appropriate formula above to determine the temperature in the Kelvin scale: 

So, room temperature is about 295 K. 

What is 98.6°F on the Kelvin scale? 

Answer available at the end of this section. 

Figure  compares the three temperature scales. Note that science uses the Celsius and Kelvin scales almost exclusively; 
virtually no practicing chemist expresses laboratory-measured temperatures with the Fahrenheit scale. In fact, the United States 
is one of the few countries in the world that still uses the Fahrenheit scale on a daily basis. The other two countries are Liberia 
and Myanmar (formerly Burma). People driving near the borders of Canada or Mexico may pick up local radio stations on the other 
side of the border that express the daily weather in degrees Celsius, so do not get confused by their weather reports. 

Example : Room Temperature 

Exercise 
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Figure : Fahrenheit, Celsius, and Kelvin Temperatures. A comparison of the three temperature scales. 

Because degrees Fahrenheit is the common temperature scale in the United States, kitchen appliances, such as ovens, are 
calibrated in that scale. A cool oven may be only 150°F, while a cake may be baked at 350°F and a chicken roasted at 400°F. 
The broil setting on many ovens is 500°F, which is typically the highest temperature setting on a household oven. 

People who live at high altitudes, typically 2,000 ft above sea level or higher, are sometimes urged to use slightly different 
cooking instructions on some products, such as cakes and bread, because water boils at a lower temperature the higher 
in altitude you go, meaning that foods cook slower. For example, in Cleveland water typically boils at 212°F (100°C), but in 
Denver, the Mile-High City, water boils at about 200°F (93.3°C), which can significantly lengthen cooking times. Good cooks 
need to be aware of this. 

A meat thermometer with a dial. Notice the markings for Fahrenheit (outer scale) and Celsius (inner scale) temperatures. 
Recipes for cooking food in an oven can use very different numbers, depending on the country you're in. (CC BY2.0 Bev 

Sykes) 

Food and Drink Application: Cooking Temperatures 
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At the other end is pressure cooking. A pressure cooker is a closed vessel that allows steam to build up additional pressure, 
which increases the temperature at which water boils. A good pressure cooker can get to temperatures as high as 252°F 
(122°C); at these temperatures, food cooks much faster than it normally would. Great care must be used with pressure cookers 
because of the high pressure and high temperature. (When a pressure cooker is used to sterilize medical instruments, it is 
called an autoclave.) 

Other countries use the Celsius scale for everyday purposes. Therefore, oven dials in their kitchens are marked in degrees 
Celsius. It can be confusing for US cooks to use ovens abroad—a 425°F oven in the United States is equivalent to a 220°C 
oven in other countries. These days, many oven thermometers are marked with both temperature scales. 

Key Takeaways 

• Chemistry uses the Celsius and Kelvin scales to express temperatures. 
• A temperature on the Kelvin scale is the Celsius temperature plus 273.15. 
• The minimum possible temperature is absolute zero and is assigned 0 K on the Kelvin scale. 

Answers 
Exercise 

−17.8 °C 

Exercise 

414 °F 

Exercise 

310.2 K 

This page titled 2.3.2: Temperature conversions is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by 
LibreTexts. 

• 2.6: Other Units - Temperature and Density by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/
books/beginning-chemistry. 
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2.3.3: Unit analysis (conversion factors, equivalencies and 
proportionalities) 

• Convert from one unit to another unit of the same type. 

In Section 2.2, we showed some examples of how to replace initial units with other units of the same type to get a numerical 
value that is easier to comprehend. In this section, we will formalize the process. 

Consider a simple example: how many feet are there in 4 yards? Most people will almost automatically answer that there are 12 
feet in 4 yards. How did you make this determination? Well, if there are 3 feet in 1 yard and there are 4 yards, then there are 4 × 
3 = 12 feet in 4 yards. 

This is correct, of course, but it is informal. Let us formalize it in a way that can be applied more generally. We know that 1 yard 
(yd) equals 3 feet (ft): 

In math, this expression is called an equality. The rules of algebra say that you can change (i.e., multiply or divide or add or 
subtract) the equality (as long as you do not divide by zero) and the new expression will still be an equality. For example, if we 
divide both sides by 2, we get: 

We see that one-half of a yard equals 3/2, or one and a half, feet—something we also know to be true—so the above equation is 
still an equality. Going back to the original equality, suppose we divide both sides of the equation by 1 yard (number and unit): 

The expression is still an equality, by the rules of algebra. The left fraction equals 1. It has the same quantity in the numerator and 
the denominator, so it must equal 1. The quantities in the numerator and denominator cancel, both the number and the unit: 

When everything cancels in a fraction, the fraction reduces to 1: 

Conversion Factors 

We have an expression that equals 1. 

This is a strange way to write 1, but it makes sense: 3 ft equal 1 yd, so the quantities in the numerator and denominator are the 
same quantity, just expressed with different units. 

The expression 

Learning Objective 
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is called a conversion factor and it is used to formally change the unit of a quantity into another unit. (The process of converting 
units in such a formal fashion is sometimes called dimensional analysis or the factor label method.) 

To see how this happens, let us start with the original quantity: 4 yd. 

Now let us multiply this quantity by 1. When you multiply anything by 1, you do not change the value of the quantity. Rather than 
multiplying by just 1, let us write 1 as: 

The 4 yd term can be thought of as 4yd/1; that is, it can be thought of as a fraction with 1 in the denominator. We are essentially 
multiplying fractions. If the same thing appears in the numerator and denominator of a fraction, they cancel. In this case, what 
cancels is the unit yard: 

That is all that we can cancel. Now, multiply and divide all the numbers to get the final answer: 

Again, we get an answer of 12 ft, just as we did originally. But in this case, we used a more formal procedure that is applicable to 
a variety of problems. 

How many millimeters are in 14.66 m? To answer this, we need to construct a conversion factor between millimeters and meters 
and apply it correctly to the original quantity. We start with the definition of a millimeter, which is: 

The 1/1000 is what the prefix milli- means. Most people are more comfortable working without fractions, so we will rewrite this 
equation by bringing the 1,000 into the numerator of the other side of the equation: 

Now we construct a conversion factor by dividing one quantity into both sides. But now a question arises: which quantity do we 
divide by? It turns out that we have two choices, and the two choices will give us different conversion factors, both of which equal 
1: 

or 

or 

Which conversion factor do we use? The answer is based on what unit you want to get rid of in your initial quantity. The original 
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unit of our quantity is meters, which we want to convert to millimeters. Because the original unit is assumed to be in the 
numerator, to get rid of it, we want the meter unit in the denominator; then they will cancel. Therefore, we will use the second 
conversion factor. Canceling units and performing the mathematics, we get: 

Note how  cancels, leaving , which is the unit of interest. 

The ability to construct and apply proper conversion factors is a very powerful mathematical technique in chemistry. You need to 
master this technique if you are going to be successful in this and future courses. 

a. Convert 35.9 kL to liters. 
b. Convert 555 nm to meters. 

Solution 

a. We will use the fact that 1 kL = 1,000 L. Of the two conversion factors that can be defined, the one that will work is 
1000L/ 1kL. Applying this conversion factor, we get: 

b. We will use the fact that 1 nm = 1/1,000,000,000 m, which we will rewrite as 1,000,000,000 nm = 1 m, or 109 nm = 1 
m. Of the two possible conversion factors, the appropriate one has the nm unit in the denominator: 

Applying this conversion factor, we get: 

In the final step, we expressed the answer in scientific notation. 

a. Convert 67.08 μL to liters. 
b. Convert 56.8 m to kilometers. 

Answer a available at the end of this section. 

Answer b available at the end of this section. 

What if we have a derived unit that is the product of more than one unit, such as m2? Suppose we want to convert square meters 

to square centimeters? The key is to remember that m2 means m × m, which means we have two meter units in our derived unit. 

That means we have to include two conversion factors, one for each unit. For example, to convert 17.6 m2 to square centimeters, 
we perform the conversion as follows: 

Example 

Exercise 
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How many cubic centimeters are in 0.883 m3? 

Solution 

With an exponent of 3, we have three length units, so by extension we need to use three conversion factors between meters 
and centimeters. Thus, we have: 

You should demonstrate to yourself that the three meter units do indeed cancel. 

How many cubic millimeters are present in 0.0923 m3? 

Answer available at the end of this section. 

Suppose the unit you want to convert is in the denominator of a derived unit—what then? Then, in the conversion factor, the unit 
you want to remove must be in the numerator. This will cancel with the original unit in the denominator and introduce a new unit 
in the denominator. The following example illustrates this situation. 

Convert 88.4 m/min to meters/second. 

Solution 

We want to change the unit in the denominator from minutes to seconds. Because there are 60 seconds in 1 minute (60 s 
= 1 min), we construct a conversion factor so that the unit we want to remove, minutes, is in the numerator: 1min/60s. Apply 
and perform the math: 

Notice how the 88.4 automatically goes in the numerator. That's because any number can be thought of as being in the 
numerator of a fraction divided by 1. 

Convert 0.203 m/min to meters/second. 

Answer available at the end of this section. 

Sometimes there will be a need to convert from one unit with one numerical prefix to another unit with a different numerical prefix. 
How do we handle those conversions? Well, you could memorize the conversion factors that interrelate all numerical prefixes. Or 
you can go the easier route: first convert the quantity to the base unit—the unit with no numerical prefix—using the definition of 
the original prefix. Then, convert the quantity in the base unit to the desired unit using the definition of the second prefix. You 
can do the conversion in two separate steps or as one long algebraic step. For example, to convert 2.77 kg to milligrams: 

Example 

Exercise 

Example 

Exercise 
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(convert to the base units of grams) 

(convert to desired unit) 

Alternatively, it can be done in a single multi-step process: 

You get the same answer either way. 

How many nanoseconds are in 368.09 μs? 

Solution 

You can either do this as a one-step conversion from microseconds to nanoseconds or convert to the base unit first and then 
to the final desired unit. We will use the second method here, showing the two steps in a single line. Using the definitions of 
the prefixes micro- and nano-, 

How many milliliters are in 607.8 kL? 

Answer available at the end of this section. 

When considering the significant figures of a final numerical answer in a conversion, there is one important case where a number 
does not impact the number of significant figures in a final answer: the so-called exact number. An exact number is a number 
from a defined relationship, not a measured one. For example, the prefix kilo- means 1,000-exactly 1,000, no more or no less. 
Thus, in constructing the conversion factor: 

neither the 1,000 nor the 1 enter into our consideration of significant figures. The numbers in the numerator and denominator are 
defined exactly by what the prefix kilo- means. Another way of thinking about it is that these numbers can be thought of as having 
an infinite number of significant figures, such as: 

The other numbers in the calculation will determine the number of significant figures in the final answer. 

A rectangular plot in a garden has the dimensions 36.7 cm by 128.8 cm. What is the area of the garden plot in square meters? 
Express your answer in the proper number of significant figures. 

Solution 

Example 

Exercise 

Example 
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Area is defined as the product of the two dimensions, which we then have to convert to square meters, and express our final 
answer to the correct number of significant figures—which in this case will be three. 

The 1 and 100 in the conversion factors do not affect the determination of significant figures because they are exact numbers, 
defined by the centi- prefix. 

What is the volume of a block in cubic meters with the dimensions 2.1 cm × 34.0 cm × 118 cm? 

Answer available at the end of this section. 

On July 23, 1983, an Air Canada Boeing 767 jet had to glide to an emergency landing at Gimli Industrial Park Airport in 
Gimli, Manitoba, because it unexpectedly ran out of fuel during flight. There was no loss of life in the course of the emergency 
landing, only some minor injuries associated in part with the evacuation of the craft after landing. For the remainder of its 
operational life (the plane was retired in 2008), the aircraft was nicknamed "the Gimli Glider." 

The Gimli Glider is the Boeing 767 that ran out of fuel and glided to safety at Gimli Airport. The aircraft ran out 
of fuel because of confusion over the units used to express the amount of fuel. Source: Photo courtesy of Will F., 
(CC BY-SA 2.5; Aero Icarus). 

The 767 took off from Montreal on its way to Ottawa, ultimately heading for Edmonton, Canada. About halfway through the 
flight, all the engines on the plane began to shut down because of a lack of fuel. When the final engine cut off, all electricity 
(which was generated by the engines) was lost; the plane became, essentially, a powerless glider. Captain Robert Pearson 
was an experienced glider pilot, although he had never flown a glider the size of a 767. First Officer Maurice Quintal quickly 
determined that the aircraft would not be able make it to Winnipeg, the next large airport. He suggested his old Royal Air 
Force base at Gimli Station, one of whose runways was still being used as a community airport. Between the efforts of the 
pilots and the flight crew, they managed to get the airplane safely on the ground (although with buckled landing gear) and all 
passengers off safely. 

Exercise 

Chemistry is Everywhere: The Gimli Glider 
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What happened? At the time, Canada was transitioning from the older English system to the metric system. The Boeing 767s 
were the first aircraft whose gauges were calibrated in the metric system of units (liters and kilograms) rather than the English 
system of units (gallons and pounds). Thus, when the fuel gauge read 22,300, the gauge meant kilograms, but the ground 
crew mistakenly fueled the plane with 22,300 pounds of fuel. This ended up being just less than half of the fuel needed to 
make the trip, causing the engines to quit about halfway to Ottawa. Quick thinking and extraordinary skill saved the lives of 
61 passengers and 8 crew members—an incident that would not have occurred if people were watching their units. 

Key Takeaways 

• Units can be converted to other units using the proper conversion factors. 
• Conversion factors are constructed from equalities that relate two different units. 
• Conversions can be a single step or multi-step. 
• Unit conversion is a powerful mathematical technique in chemistry that must be mastered. 
• Exact numbers do not affect the determination of significant figures. 

Answers 
Exercise 

6.708 × 10−5 L 

Exercise 

5.68 × 10−2 km 

Exercise 

9.23 × 107 mm3 

Exercise 

0.00338 m/s 

or 

3.38 × 10−3 m/s 

Exercise 

6.078 × 108 mL 

Exercise 

0.0084 m3 

This page titled 2.3.3: Unit analysis (conversion factors, equivalencies and proportionalities) is shared under a CC BY-NC-SA 3.0 license and 
was authored, remixed, and/or curated by LibreTexts. 

• 2.5: Converting Units by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/beginning-
chemistry. 
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2.3.3.1: Dosage Calculations 

• Calculate drug dosages using conversion factors. 

To Your Health: Dosages 

A medicine can be more harmful than helpful if it is not taken in the proper dosage. A dosage (or dose) is the specific amount 
of a medicine that is known to be therapeutic for an ailment in a patient of a certain size. Dosages of the active ingredient in 
medications are usually described by units of mass, typically grams or milligrams, and generally are equated with a number of 
capsules or teaspoonfuls to be swallowed or injected. The amount of the active ingredient in a medicine is carefully controlled so 
that the proper number of pills or spoonfuls contains the proper dose. 

Most drugs must be taken in just the right amount. If too little is taken, the desired effects will not occur (or will not occur fast 
enough for comfort); if too much is taken, there may be potential side effects that are worse than the original ailment. Some drugs 
are available in multiple dosages. For example, tablets of the medication levothyroxine sodium, a synthetic thyroid hormone for 
those suffering from decreased thyroid gland function, are available in 11 different doses, ranging from 25 micrograms (µg) to 300 
µg. It is a doctor’s responsibility to prescribe the correct dosage for a patient, and it is a pharmacist’s responsibility to provide 
the patient with the correct medicine at the dosage prescribed. Thus, proper quantities—which are expressed using numbers and 
their associated units—are crucial for keeping us healthy. 

Effects are dose-dependent 

Chemicals are the most common things for which doses are measured, but there are others, such as radiation exposure. For 
humans, most doses of micronutrients and medications are measured in milligrams (mg), but some are measured in micrograms 
because of their potency. Nonmedicinal poisons span the measurement scale; some poisons are so dangerous that a single 
microgram of it could be deadly, whereas other substances take much more. For example, even water is toxic when consumed in 
large enough quantities. 

Dosage (the size of each dose) determines the strength and duration of the health benefits of nutrients, and also of the 
therapeutic effects of medical treatments. Dosage also determines the severity of adverse effects of treatments and toxins. 

Duration of exposure, that is, the period of time over which the dose was received (all at once or gradually) also determines its 
effects (the body may build tolerance to gradual exposure to a drug, while a large immediate dose could be deadly). 

The route by which a dose is exposed to, may affect the outcome, because some medications have different effects depending 
on whether they are inhaled, ingested, taken transdermally, injected, or inserted. 

The dosage, route, concentration, and division over time may all be critical considerations in the administering of drugs, or in 
responding to exposure to a toxin. In nutrition, the route is usually a given, as nutrients are generally eaten; while dosage and the 
frequency of ingestion of nutrients are very important variables in preventing disease and promoting overall health. 

Calculation of dose 

Calculating drug dosages for humans based on the doses used in animal studies can be based on weight (e.g., mg/kg) or surface 

area (e.g., mg/m2) based on weight. Drug dosage calculation is required if the physician’s order is different from what is available. 

Learning Objectives 
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a. A physician ordered 100 mg of Demerol. Demerol is available as 50 mg per tablet. How many tablets should the nurse 
administer? 

b. The doctor’s order is 1.2 g of Folic Acid. Folic Acid is available as 800 mg per tablet. How many tablets should be taken? 

Solution 

a. We start with the given, 100 mg. We want to change the unit from mg to tablets. There are 50 mg in 1 tablet (Remember 
that per tablet means one tablet. From this relationship, we can construct the conversion factor. We use the conversion factor 
that will cancel out the original unit, mg, and introduce the unit we are converting to, which is tablet. 

Hence, the nurse should administer 2 tablets. 

b. We start with the given, 1.2 g and we want to change grams to number of tablets. First, we convert 1.2 g to mg and then 
convert mg to tablets. We need a conversion factor for each step. 

Hence, 1.5 tablets should be taken. 

Calculate each of the following. 

a. The physician ordered 20 mg of Valium. Valium is available as 10 mg per tablet. How many tablets should the nurse 
administer? 

b. The doctor’s order is 1 g of Calcium. What is on hand is Calcium as 500 mg per tablet. How many tablets should be 
taken? 

Answer a available at the end of this section. 

Drug Dosage Calculation based on Body Weight. Many drugs (especially in children) are dosed according to body weight (mg/
kg). These calculations are carried in 3-step conversions. The first step is to convert the body weight from pounds (lbs) to kg. The 
second step is to convert kg to mg (the total mg dose calculated based on body weight). And, finally, the mg dose is converted to 
the number of tablets. (as in Example 1.8.1). 

a. Demerol is ordered 1.5mg/kg for a patient that is 220 lbs. Demerol is available as 50 mg per tablet. How many tablets 
should the nurse administer? 

b. A doctor prescribes amoxicillin 30mg/kg to a child weighing 73.5 lbs. Amoxicillin is available as 500 mg tablets. How 
many tablets should the nurse administer? 

Solution 

a. We start with the given, 220 lbs. We want to change the unit from lbs to kg, and then, from kg to total dose (mg) and 
then the mg dose to tablets. The first conversion factor will cancel out the original unit, lbs, and introduce the unit we are 
converting to, which is kg. The second conversion factor will cancel out kg, and introduce the unit of the dose (usually mg) 
and then mg to tablet. 

Example 

Exercise 

Example 
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Hence, the nurse administers 3 tablets. 

b. Start with the given, 73.5 lbs. We want to change the unit from lbs to kg, and then, from kg to total dose (mg) and then mg
to tablets. The first conversion factor will cancel out the original unit, lbs, and convert to kg. The second conversion factor will 
cancel out kg, and convert to the total mg dose and the final conversion will cancel mg to introduce the final unit, tablet. 

Hence, the nurse administers 2 tablets. 

Calculate each of the following. 

a. Vancomycin is ordered 15mg/kg for a patient that is 110 lbs. Vancomycin is available as 250 mg per capsule. How many 
capsules should the nurse administer? (ans. 3 capsules) 

b. A doctor prescribes ampicillin 40mg/kg to a patient weighing 55 lbs. Ampicillin is available as 500 mg tablets. How 
many tablets should the nurse administer? (ans. 2 tablets) 

Answer a available at the end of this section. 

References 

1. The Use of Body Surface Area as a Criterion of Drug Dosage in Cancer Chemotherapy(opens in new window)
[cancerres.aacrjournals.org] "The Use of Body Surface Area as a Criterion of Drug Dosage in Cancer Chemotherapy" D Pinkel. 
Cancer Research 1958 

Contributors and Attributions 

• Wikipedia 
• Leticia Colmenares (UH-WCC) 

Answers 
Exercise 

Start with 20 mg of Valium. For the conversion factor, we know that 10 mg Valium = 1 tablet 

Start with 1 g (1000 mg) of Calcium. For the conversion factor, we know that 500 mg Calcium = 1 tablet 

Exercise 

Exercise 
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LibreTexts. 
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2.3.3.2: Mole and Avogadro's number conversions 

• Describe the unit mole. 
• Relate the mole quantity of substance to its mass. 

We need a unit of amount that relates quantities of substances on a scale that we can interact with. 

Chemistry uses a unit called mole. A mole (mol) is a number of things equal to the number of atoms in exactly 12 g of carbon-12. 
Experimental measurements have determined that this number is very large: 

1 mol = 6.02214179 × 1023 things 

Understand that a mole means a specific number of things, just like a dozen means a certain number of things—twelve, in the 
case of a dozen. But a mole is a much larger number of things. These things can be atoms, or molecules, or eggs; however, 
in chemistry, we usually use the mole to refer to the amounts of atoms or molecules. Although the number of things in a mole 
is known to eight decimal places, it is usually fine to use only two or three decimal places in calculations. The numerical value 
of things in a mole is often called Avogadro's number (NA). Avogadro's number is also known as the Avogadro constant, after 
Amadeo Avogadro, an Italian chemist who first proposed its importance. 

How many molecules are present in 2.76 mol of H2O? How many atoms is this? 

Solution 

The definition of a mole is an equality that can be used to construct a conversion factor. Also, because we know that there 
are three atoms in each molecule of H2O, we can also determine the number of atoms in the sample. 

To determine the total number of atoms, we have 

How many molecules are present in 4.61 × 10−2 mol of ? 

Answer available at the end of this section. 

How big is a mole? It is very large. Suppose you had a mole of dollar bills that need to be counted. If everyone on earth (about 6 
billion people) counted one bill per second, it would take about 3.2 million years to count all the bills. A mole of sand would fill a 
cube about 32 km on a side. A mole of pennies stacked on top of each other would have about the same diameter as our galaxy, 
the Milky Way. A mole is a lot of things—but atoms and molecules are very tiny. One mole of carbon atoms would make a cube 
that is 1.74 cm on a side, small enough to carry in your pocket. 

Why is the mole unit so important? It represents the link between the microscopic and the macroscopic, especially in terms of 

Learning Objectives 

Example 

Exercise 
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mass. A mole of a substance has the same mass in grams as one unit (atom or molecules) has in atomic mass units. The mole 
unit allows us to express amounts of atoms and molecules in visible amounts that we can understand. 

For example, we already know that, by definition, a mole of carbon has a mass of exactly 12 g. This means that exactly 12 g of C 

has 6.022 × 1023 atoms: 

12 g C = 6.022 × 1023 atoms C 

We can use this equality as a conversion factor between the number of atoms of carbon and the number of grams of carbon. How 

many grams are there, say, in 1.50 × 1025 atoms of carbon? This is a one-step conversion: 

But it also goes beyond carbon. Previously we defined atomic and molecular masses as the number of atomic mass units per 
atom or molecule. Now we can do so in terms of grams. The atomic mass of an element is the number of grams in 1 mol of 
atoms of that element, while the molecular mass of a compound is the number of grams in 1 mol of molecules of that compound. 
Sometimes these masses are called molar masses to emphasize the fact that they are the mass for 1 mol of things. (The term 
molar is the adjective form of mole and has nothing to do with teeth.) 

Here are some examples. The mass of a hydrogen atom is 1.0079 u; the mass of 1 mol of hydrogen atoms is 1.0079 g. Elemental 
hydrogen exists as a diatomic molecule, H2. One molecule has a mass of 1.0079 + 1.0079 = 2.0158 u, while 1 mol H2 has a 
mass of 2.0158 g. A molecule of H2O has a mass of about 18.01 u; 1 mol H2O has a mass of 18.01 g. A single unit of NaCl has a 

mass of 58.45 u; NaCl has a molar mass of 58.45 g. In each of these moles of substances, there are 6.022 × 1023 units: 6.022 × 

1023 atoms of H, 6.022 × 1023 molecules of H2 and H2O, 6.022 × 1023 units of NaCl ions. These relationships give us plenty of 
opportunities to construct conversion factors for simple calculations. 

What is the molar mass of sugar ( )? 

Solution 

To determine the molar mass, we simply add the atomic masses of the atoms in the molecular formula; but express the total 
in grams per mole, not atomic mass units. The masses of the atoms can be taken from the periodic table. 

Solutions to Example 5.3.2 

6 C = 6 × 12.011 = 72.066 

12 H = 12 × 1.0079 = 12.0948 

6 O = 6 × 15.999 = 95.994 

TOTAL = 180.155 g/mol 

Per convention, the unit grams per mole is written as a fraction. 

What is the molar mass of ? 

Answer available at the end of this section. 

Knowing the molar mass of a substance, we can calculate the number of moles in a certain mass of a substance and vice versa, 

Example : Sugar 

Exercise 

104 (2.3.3.2.2)



as these examples illustrate. The molar mass is used as the conversion factor. 

What is the mass of 3.56 mol of HgCl2? The molar mass of HgCl2 is 271.49 g/mol. 

Solution 

Use the molar mass as a conversion factor between moles and grams. Because we want to cancel the mole unit and introduce 
the gram unit, we can use the molar mass as given: 

What is the mass of 33.7 mol of ? 

Answer available at the end of this section. 

How many moles of H2O are present in 240.0 g of water (about the mass of a cup of water)? 

Solution 

Use the molar mass of H2O as a conversion factor from mass to moles. The molar mass of water is 

(1.0079 + 1.0079 + 15.999) = 18.015 g/mol. 

However, because we want to cancel the gram unit and introduce moles, we need to take the reciprocal of this quantity, or 1 
mol/18.015 g: 

How many moles are present in 35.6 g of H2SO4 (molar mass = 98.08 g/mol)? 

Answer available at the end of this section. 

Other conversion factors can be combined with the definition of mole—density, for example. 

The density of ethanol is 0.789 g/mL. How many moles are in 100.0 mL of ethanol? The molar mass of ethanol is 46.08 g/
mol. 

Solution 

Here, we use density to convert from volume to mass and then use the molar mass to determine the number of moles. 

Example 

Exercise 

Example 

Exercise 

Example 
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If the density of benzene, C6H6, is 0.879 g/mL, how many moles are present in 17.9 mL of benzene? 

Answer available at the end of this section. 

Summary 

The mole is a key unit in chemistry. The molar mass of a substance, in grams, is numerically equal to one atom's or molecule's 
mass in atomic mass units. 

Answers 
Exercise 

2.78 × 1022 molecules 

Exercise 

169.87 g/mol 

Exercise 

607 g 

Exercise 

0.363 mol 

Exercise 

0.201 mol 

Exercise 

This page titled 2.3.3.2: Mole and Avogadro's number conversions is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/
or curated by LibreTexts. 
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2.4: Density (definition and formula) 

• Learn about the various temperature scales that are commonly used in chemistry. 
• Define density and use it as a conversion factor. 

Density 

Density is a physical property that is defined as a substance's mass divided by its volume: 

Density is usually a measured property of a substance, so its numerical value affects the significant figures in a calculation. Notice 
that density is defined in terms of two dissimilar units, mass and volume. That means that density overall has derived units, just 

like velocity. Common units for density include g/mL, g/cm3, g/L, kg/L, and even kg/m3. Densities for some common substances 
are listed in Table . 

Table : Densities of Some Common Substances 

Substance Density (g/mL or g/cm3) 

water 1.0 

gold 19.3 

mercury 13.6 

air 0.0012 

cork 0.22–0.26 

aluminum 2.7 

iron 7.87 

Because of how it is defined, density can act as a conversion factor for switching between units of mass and volume. For example, 

suppose you have a sample of aluminum that has a volume of 7.88 cm3. How can you determine what mass of aluminum you 
have without measuring it? You can use the volume to calculate it. If you multiply the given volume by the known density (from 
Table ), the volume units will cancel and leave you with mass units, telling you the mass of the sample: 

where we have limited our answer to two significant figures. 

What is the mass of 44.6 mL of mercury? 

Solution 

Use the density from Table  "Densities of Some Common Substances" as a conversion factor to go from volume to mass: 

Learning Objective 

Example : Mercury 
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The mass of the mercury is 607 g. 

What is the mass of 25.0 cm3 of iron? 

Answer available at the end of this section. 

Density can also be used as a conversion factor to convert mass to volume—but care must be taken. We have already 
demonstrated that the number that goes with density normally goes in the numerator when density is written as a fraction. Take 
the density of gold, for example: 

Although this was not previously pointed out, it can be assumed that there is a 1 in the denominator: 

That is, the density value tells us that we have 19.3 grams for every 1 milliliter of volume, and the 1 is an exact number. When we 
want to use density to convert from mass to volume, the numerator and denominator of density need to be switched—that is, we 
must take the reciprocal of the density. In so doing, we move not only the units, but also the numbers: 

This reciprocal density is still a useful conversion factor, but now the mass unit will cancel and the volume unit will be introduced. 
Thus, if we want to know the volume of 45.9 g of gold, we would set up the conversion as follows: 

Note how the mass units cancel, leaving the volume unit, which is what we are looking for. 

A cork stopper from a bottle of wine has a mass of 3.78 g. If the density of cork is 0.22 g/cm3, what is the volume of the 
cork? 

Solution 

To use density as a conversion factor, we need to take the reciprocal so that the mass unit of density is in the denominator. 
Taking the reciprocal, we find: 

We can use this expression as the conversion factor. So 

Exercise 

Example : Calculating Volume from Density 
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What is the volume of 3.78 g of gold? 

Answer available at the end of this section. 

Care must be used with density as a conversion factor. Make sure the mass units are the same, or the volume units are the same, 
before using density to convert to a different unit. Often, the unit of the given quantity must be first converted to the appropriate 
unit before applying density as a conversion factor. 

• Density relates the mass and volume of a substance. 
• Density can be used to calculate volume from a given mass or mass from a given volume. 

Answers 
Exercise 

197 g 

Exercise 

0.196 cm3 

Exercise 

Key Takeaways 

This page titled 2.4: Density (definition and formula) is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by 
LibreTexts. 

• 2.6: Other Units - Temperature and Density by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/
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2.4.1: Density as a conversion factor 

• Define density. 
• Use density as a conversion factor. 

Density ( ) is a physical property found by dividing the mass of an object by its volume. Regardless of the sample size, density is 
always constant. For example, the density of a pure sample of tungsten is always 19.25 grams per cubic centimeter. This means 
that whether you have one gram or one kilogram of the sample, the density will never vary. The equation, as we already know, is 
as follows: 

or just 

Based on this equation, it's clear that density can, and does, vary from element to element and substance to substance due to 

differences in the relationship of mass and volume. Pure water, for example, has a density of 0.998 g/cm3 at 25° C. The average 
densities of some common substances are in Table . Notice that corn oil has a lower mass to volume ratio than water. This 
means that when added to water, corn oil will “float.” 

Table : Densities of Common Substances 

Substance Density at 25°C (g/cm3) 

blood 1.035 

body fat 0.918 

whole milk 1.030 

corn oil 0.922 

mayonnaise 0.910 

honey 1.420 

Density can be measured for all substances—solids, liquids and gases. For solids and liquids, density is often reported using the 

units of g/cm3. Densities of gases, which are significantly lower than the densities of solids and liquids, are often given using 
units of g/L. 

Calculate the density of a 30.2 mL sample of ethyl alcohol with a mass of 23.71002 g 

Solution 

This is a direct application of Equation : 

Learning Objectives 

Example : Ethyl Alcohol 
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a. Find the density (in kg/L) of a sample that has a volume of 36.5 L and a mass of 10.0 kg. 
b. If you have a 2.130 mL sample of acetic acid with mass 0.002234 kg, what is the density in kg/L? 

Answer a available at the end of this section. 

Density as a Conversion Factor 

Conversion factors can also be constructed for converting between different kinds of units. For example, density can be used to 
convert between the mass and the volume of a substance. Consider mercury, which is a liquid at room temperature and has a 
density of 13.6 g/mL. The density tells us that 13.6 g of mercury have a volume of 1 mL. We can write that relationship as follows: 

13.6 g mercury = 1 mL mercury 

This relationship can be used to construct two conversion factors: 

and 

Which one do we use? It depends, as usual, on the units we need to cancel and introduce. For example, suppose we want to know 
the mass of 2.0 mL of mercury. We would use the conversion factor that has milliliters on the bottom (so that the milliliter unit 
cancels) and grams on top, so that our final answer has a unit of mass: 

In the last step, we limit our final answer to two significant figures because the volume quantity has only two significant figures; 
the 1 in the volume unit is considered an exact number, so it does not affect the number of significant figures. The other 
conversion factor would be useful if we were given a mass and asked to find volume, as the following example illustrates. 

Density can be used as a conversion factor between mass and volume. 

A mercury thermometer for measuring a patient’s temperature contains 0.750 g of mercury. What is the volume of this mass 
of mercury? 

Solution 

Solution to Example 2.9.2 

Steps for 
Problem 
Solving 

Unit Conversion 

Exercise 

Example : Mercury Thermometer Steps for Problem Solving 
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Identify the 
"given" 

information 
and what 

the 
problem is 
asking you 
to "find." 

Given: 0.750 g 

Find: mL 

List other 
known 

quantities. 
13.6 g/mL (density of mercury) 

Prepare a 
concept 

map. 

Calculate. 

We have limited the final answer to three significant figures. 

What is the volume of 100.0 g of air if its density is 1.3 g/L? 

Answer available at the end of this section. 

Summary 

• Density is defined as the mass of an object divided by its volume. 
• Density can be used as a conversion factor between mass and volume. 

Answers 
Exercise 

 

 

Exercise 

 

Exercise 
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2.4.2: Graphing Density [Under Construction] 

SEE CHEM&121 Laboratory Manual 
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3: CHAPTER 3 - ATOMIC STRUCTURE 

3.1: Atomic Theory 

3.2: Elements and Atomic Number 

3.3: Isotopes and Atomic Weights 

3.4: Masses of Atoms and Molecules 

3.5: Moles and Molar Masses 

3.6: Periodic Table 

3.7: Electrons and Valence Shells 
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3.1: Atomic Theory 

• State the modern atomic theory. 
• Learn how atoms are constructed. 

The smallest piece of an element that maintains the identity of that element is called an atom. Individual atoms are extremely 
small. It would take about fifty million atoms in a row to make a line that is 1 cm long. The period at the end of a printed sentence 
has several million atoms in it. Atoms are so small that it is difficult to believe that all matter is made from atoms-but it is. 

The modern atomic theory, proposed about 1803 by the English chemist John Dalton (Figure ), is a fundamental concept that 
states that all elements are composed of atoms. Previously, we defined an atom as the smallest part of an element that maintains 
the identity of that element. Individual atoms are extremely small; even the largest atom has an approximate diameter of only 

5.4 × 10−10 m. With that size, it takes over 18 million of these atoms, lined up side by side, to equal the width of your little finger 
(about 1 cm). 

Dalton studied the weights of various elements and compounds. He noticed that matter always combined in fixed ratios based on 
weight, or volume in the case of gases. Chemical compounds always contain the same proportion of elements by mass, regardless 
of amount, which provided further support for Proust's law of definite proportions. Dalton also observed that there could be more 
than one combination of two elements. 

From his experiments and observations, as well as the work from peers of his time, Dalton proposed a new theory of the atom. 
This later became known as Dalton's atomic theory. The general tenets of this theory were as follows: 

• All matter is composed of extremely small particles called atoms. 
• Atoms of a given element are identical in size, mass, and other properties. Atoms of different elements differ in size, mass, 

and other properties. 
• Atoms cannot be subdivided, created, or destroyed. 
• Atoms of different elements can combine in simple whole number ratios to form chemical compounds. 
• In chemical reactions, atoms are combined, separated, or rearranged. 

Dalton's atomic theory has been largely accepted by the scientific community, with the exception of three changes. 
We know now that (1) an atom can be further subdivided, (2) all atoms of an element are not identical in mass, and (3) 
using nuclear fission and fusion techniques, we can create or destroy atoms by changing them into other atoms. 

These concepts form the basis of chemistry. Although the word atom comes from a Greek word that means "indivisible," we 
understand now that atoms themselves are composed of smaller parts called subatomic particles. The first part to be discovered 

was the electron, a tiny subatomic particle with a negative charge. It is often represented as e−, with the right superscript 
showing the negative charge. Later, two larger particles were discovered. The proton, a subatomic particle with a positive charge. 

is a more massive (but still tiny) subatomic particle with a positive charge, represented as p+. The neutron is a subatomic particle 

with about the same mass as a proton but no charge. It is represented as either n or n0. We now know that all atoms of all 
elements are composed of electrons, protons, and (with one exception) neutrons. Table  summarizes the properties of these 
three subatomic particles. 

Table : Properties of the Three Subatomic Particles 

Name Symbol Mass (approx.; g) Mass (approx.; amu) Charge 

Proton 
p+ 1.673 × 10−24 1.0073 1+ 

Neutron 
n, n0 1.675 × 10−24 1.0087 none 

Learning Objectives 

116 (3.1.1)



Name Symbol Mass (approx.; g) Mass (approx.; amu) Charge 

Electron 
e− 9.109 × 10−28 5.486 × 10−4 1− 

Atoms and subatomic particles are so small that it doesn't quite make sense to measure their masses in grams. A more useful 

unit to measure atomic mass is the atomic mass unit ( ), where 1 amu = 1.660539 × 10−24 g or one-twelfth of the mass of a 
carbon-12 atom. As you can see in the table above, the mass of 1 proton and 1 neutron are each 1 amu in this system. Carbon-12 
contains six protons and six neutrons and is assigned a mass of exactly 12 amu. 

Figure : Electrons are much smaller than protons or neutrons. If an electron was the mass of a penny, a proton or a neutron would have 
the mass of a large bowling ball! 

How are these subatomic particles arranged in atoms? They are not arranged at random. Experiments by Ernest Rutherford in 
England in the 1910's pointed to a nuclear model with atoms that has the protons and neutrons in a central nucleus with the 
electrons in orbit about the nucleus. The relatively massive protons and neutrons are collected in the center of an atom, in a 
region called the nucleus of the atom (plural nuclei). The electrons are outside the nucleus and spend their time orbiting in space 
about the nucleus. (Figure ). Because protons and neutrons are so massive compared to electrons, Table , nearly all of 
the mass of an atom is contained in the nucleus. 
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Figure : The Structure of the Atom. Atoms have protons and neutrons in the center, making the nucleus, while the electrons orbit the 
nucleus. 

The evidence for atoms is so great that few doubt their existence. In fact, individual atoms are now routinely observed with 
state-of-the art technologies. Moreover, they can even be used for making pretty images or as IBM research demonstrate in 
Video , control of individual atoms can be use used create animations. 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Video : A Boy And His Atom - The World's Smallest Movie. 

A Boy and His Atom is a 2012 stop-motion animated short film released by IBM Research. The movie tells the story of a boy 
and a wayward atom who meet and become friends. It depicts a boy playing with an atom that takes various forms. It was 
made by moving carbon monoxide molecules viewed with a scanning tunneling microscope, a device that magnifies them 
100 million times. These molecules were moved to create images, which were then saved as individual frames to make the 
film. 

Key Takeaways 

• Chemistry is based on the modern atomic theory, which states that all matter is composed of atoms. 
• Atoms themselves are composed of protons, neutrons, and electrons. 
• Each element has its own atomic number, which is equal to the number of protons in its nucleus. 

Atoms in Action 

This page titled 3.1: Atomic Theory is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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3.2: Elements and Atomic Number 

The modern atomic theory states that atoms of one element are the same, while atoms of different elements are different. What 
makes atoms of different elements different? The fundamental characteristic that all atoms of the same element share is the 
number of protons. All atoms of hydrogen have one and only one proton in the nucleus; all atoms of iron have 26 protons in the 
nucleus. This number of protons is so important to the identity of an atom that it is called the atomic number (Z). The number 
of protons in an atom is the atomic number of the element. Thus, hydrogen has an atomic number of 1, while iron has an atomic 
number of 26. Each element has its own characteristic atomic number. 

Atoms are electrically neutral, meaning that the overall electric charge is zero. This is because the number of protons (positive 
charge) equals the number of electrons (negative charge). Therefore, the atomic number also provides the number of electrons. 
For example, helium has Z = 2, which tells us that there are 2 protons in the nucleus and 2 electrons outside of the nucleus. 
Sometimes atoms will gain or lose electrons resulting in a difference in the number of protons and electrons, which means the 
charge is no longer zero. Atoms that have a charge are called ions and will be discussed further in the next chapter. 

As we learned in the previous section, protons and neutrons, which are found in the nucleus of an atom, each have a mass of ~1 
amu. Because an electron has negligible mass relative to that of a proton or a neutron, the majority of an atom's mass is in the 
nucleus. The mass number (A) is defined as the total number of protons ( ) and neutrons ( ) in an atom: 

Atoms of the same element always have the same number of protons, same Z, but often have different numbers of neutrons, 
therefore, different mass numbers. These atoms are called isotopes and are introduced in next section. 

a. The most common carbon atoms have six protons and six neutrons in their nuclei. What are the atomic number and the 
mass number of these carbon atoms? 

b. An isotope of uranium has an atomic number of 92 and a mass number of 235. What are the number of protons and 
neutrons in the nucleus of this atom? 

Solution 

a. If a carbon atom has six protons in its nucleus, its atomic number is 6. If it also has six neutrons in the nucleus, then the 
mass number is 6 + 6, or 12. 

b. If the atomic number of uranium is 92, then that is the number of protons in the nucleus. Because the mass number is 
235, then the number of neutrons in the nucleus is 235 − 92, or 143. 

The number of protons in the nucleus of a tin atom is 50, while the number of neutrons in the nucleus is 68. What are the 
atomic number and the mass number of this isotope? 

Answer available at the end of this section. 

A simple way of indicating the mass number of a particular atom is to list it as a superscript on the left side of an element’s 
symbol. Atomic numbers are often listed as a subscript on the left side of an element’s symbol (Figure ). 

Example 

Exercise 
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Figure : Unlike protons, the number of neutrons is not absolutely fixed for most elements. Atoms that have the same number of protons, 
and hence the same atomic number, but different numbers of neutrons are called isotopes. All isotopes of an element have the same number 
of protons and electrons, which means they exhibit the same chemistry. The isotopes of an element differ only in their atomic mass, which is 

given by the mass number (A), the sum of the numbers of protons and neutrons. (CC BY-NS-SA; anonymous by request) 

Figure  shows an easy way to represent isotopes using the atomic symbols where  is the symbol of the element,  is the 
mass number, and  is the atomic number. Thus, for the isotope of carbon that has 6 protons and 6 neutrons, the symbol is 

where  is the symbol for the element, 6 represents the atomic number, and 12 represents the mass number. 

It is also common to state the mass number after the name of an element to indicate a particular isotope. Carbon-12 represents 
an isotope of carbon with 6 protons and 6 neutrons, while uranium-238 is an isotope of uranium that has 146 neutrons. 

a. What is the symbol for an isotope of uranium that has an atomic number of 92 and a mass number of 235? 
b. How many protons and neutrons are in 

Solution 

a. The symbol for this isotope is 
b. This iron atom has 26 protons and 56 − 26 = 30 neutrons. 

How many protons are in 

Answer available at the end of this section. 

Key Takeaways 

• Atoms themselves are composed of protons, neutrons, and electrons. 
• Each element has its own atomic number, which is equal to the number of protons in its nucleus. 
• Isotopes of an element contain different numbers of neutrons. 
• Elements are represented by an atomic symbol. 

Example : 

Exercise 
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Contributors 

• Lisa Sharpe Elles, University of Kansas 

Answers 
Exercise 

Atomic number = 50, mass number = 118 

Exercise 

11 protons 

This page titled 3.2: Elements and Atomic Number is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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3.3: Isotopes and Atomic Weights 

• Explain how isotopes differ from one another. 
• Understand how isotopes differ in particles and mass. 
• Identify the most abundant isotope when given specific values. 
• Calculate the atomic mass of an element from the masses and relative percentages of the isotopes of the element. 

Isotopes 

Isotopes are atoms of the same element that contain different numbers of neutrons. For these species, the number of electrons 
and protons remain constant. This difference in neutron amount affects the atomic mass (A) but not the atomic number (Z). In a 
chemical laboratory, isotopes of an element appear and react the same. For this reason, it is difficult to distinguish between an 
atom's isotopes. In contrast, nuclear scientists can identify and separate different types of atomic nuclei. The technology required 
for this process is more sophisticated that what could be found in a typical chemical laboratory. 

The element carbon ( ) has an atomic number of 6, which means that all neutral carbon atoms contain 6 protons and 6 electrons. 
In a typical sample of carbon-containing material, 98.89% of the carbon atoms also contain 6 neutrons, so each has a mass 
number of 12. An isotope of any element can be uniquely represented as  where X is the atomic symbol of the element. The 
isotope of carbon that has 6 neutrons is therefore  The subscript indicating the atomic number is actually redundant because 
the atomic symbol already uniquely specifies Z. Consequently, it is more often written as , which is read as “carbon-12.” 
Nevertheless, the value of  is commonly included in the notation for nuclear reactions because these reactions involve changes 
in . 

Most elements on the periodic table have at least two stable isotopes. For example, in addition to , a typical sample of carbon 
contains 1.11% , with 7 neutrons and 6 protons, and a trace of , with 8 neutrons and 6 protons. The nucleus of  is not 
stable, however, but undergoes a slow radioactive decay that is the basis of the carbon-14 dating technique used in archeology. 
Many elements other than carbon have more than one stable isotope; tin, for example, has 10 isotopes. There are about twenty 
elements that exist in only one isotopic form (sodium and fluorine are examples of these). 

An important series of isotopes is found with hydrogen atoms. Most hydrogen atoms have a nucleus with only a single proton. 
About 1 in 10,000 hydrogen nuclei, however, also has a neutron; this particular isotope is called deuterium. An extremely rare 
hydrogen isotope, tritium, has 1 proton and 2 neutrons in its nucleus. Figure  compares the three isotopes of hydrogen. 

Figure : (a) A small amount of hydrogen exists as the isotope deuterium, which has one proton and one neutron in its nucleus (b). A tiny 
amount of the hydrogen isotope tritium, with one proton and two neutrons in its nucleus, also exists on Earth (c). The nuclei and electrons are 

proportionately much smaller than depicted here. 

There are currently over 3,500 isotopes known for all the elements. When scientists discuss individual isotopes, they need an 
efficient way to specify the number of neutrons in any particular nucleus. A/Z and symbol-mass formats can be used to display 
periodic table information. When viewing either of these two notations, isotopic differences can be obtained. 

Learning Objectives 
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The discovery of isotopes required a minor change in Dalton’s atomic theory. Dalton thought that all atoms of the 
same element were exactly the same. 

Look at the A/Z formats for the three isotopes of hydrogen in Table . Note how the atomic number (bottom value) remains 
the same while the atomic masses (top number) are varied. All isotopes of a particular element will vary in neutrons and mass. 
This variance in mass will be visible in the symbol-mass format of same isotopes as well. 

Table 

Common Name A/Z formats symbol-mass format Expanded Name 

Hydrogen hydrogen-1 

Deuterium hydrogen-2 

Tritium hydrogen 3 

Both A/Z or symbol-mass formats can be utilized to determine the amount of subatomic particles (protons, neutrons, and 
electrons) contained inside an isotope. When given either format, these mass values should be used to calculate the number of 
neutrons in the nucleus. 

Atomic Weight 

Since most naturally occurring elements samples are mixtures of isotopes, it is useful to use an average weight of an element. 
The atomic mass of an element is the weighted mass of all the naturally presented isotopes (on earth). To determine the most 
abundant isotopic form of an element, compare given isotopes to the weighted average on the periodic table. For example, the 
three hydrogen isotopes in Figure  are H-1, H-2, and H-3. The atomic mass or weighted average of hydrogen is around 1.008 
amu ( look again to the periodic table). Of the three hydrogen isotopes, H-1 is closest in mass to the weighted average; therefore, 
it is the most abundant. The other two isotopes of hydrogen are quite rare, but are very exciting in the world of nuclear science. 

You can calculate the atomic mass (or average mass) of an element provided you know the relative abundances (the fraction 
of an element that is a given isotope), the element's naturally occurring isotopes, and the masses of those different isotopes. We 
can calculate this by the following equation: 

Averages like Equation 1 are known as weigthed averages. An element's atomic mass can be calculated provided the relative 
abundances of the element's naturally occurring isotopes and the masses of those isotopes are known. If all the abundances are 
not provided, it is safe to assume that all numbers should add up to 100%. 

For example, Boron has two naturally occurring isotopes. In a sample of boron,  of the atoms are , which is an isotope of 
boron with 5 neutrons and mass of  . The other  of the atoms are , which is an isotope of boron with 6 neutrons 
and a mass of  . How do we calculate the atomic mass of boron? 

Boron has two isotopes so we will use the Equation  and substitute the relative abundances and atomic masses of Boron into 
Equation : 

The mass of an average boron atom, and thus boron's atomic mass, is  . 

Neon has three naturally occurring isotopes. In a sample of neon,  of the atoms are -20, which is an isotope of neon 
with 10 neutrons and a mass of  . Another  of the atoms are -21, which is an isotope of neon with 11 neutrons 
and a mass of  . The final  of the atoms are -22, which is an isotope of neon with 12 neutrons and a mass of 

 . What is the atomic mass of neon? 

Example : Atomic Weight of Neon 
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Solution 

Neon has three isotopes. We will use the equation: 

Substitute these into the equation, and we get: 

The mass of an average neon atom is  

Magnesium has the three isotopes listed in the following table: 

Isotope Exact Mass (amu) Percent Abundance (%) 

24Mg 23.98504 78.70 

25Mg 24.98584 10.13 

26Mg 25.98259 11.17 

Use these data to calculate the atomic mass of magnesium. 

Answer available at the end of this section. 

During the Manhattan project, the majority of federal funding was dedicated the separation of uranium isotopes. The two 
most common isotopes of uranium are U-238 and U-235. About 99.3% of uranium is of the U-238 variety, this form is not 
fissionable and will not work in a nuclear weapon or reaction. The remaining 0.7% is U-235 which is fissionable, but first had 
to be separated from U-238. This separation process is called enrichment. During World War II, a nuclear facility was built in 
Oak Ridge, Tennessee to accomplish this project. At the time, the enrichment process only produced enough U-235 for one 
nuclear weapon. This fuel was placed inside the smaller of the two atomic bombs (Little Boy) dropped over Japan. 

Exercise 

Applications of Isotopes 
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Figure : A billet of highly enriched uranium that was recovered from scrap processed at the Y-12 National Security Complex Plant. 
Original and unrotated. 

Uranium is a natural element that can be found in several different countries. Countries that do not have natural uranium 
supplies would need to obtain it from one of the countries below. Most nuclear reactors that provide energy rely on U-235 
as a source of fuel. Fortunately, reactors only need 2-5% U-235 for the production of megawatts or even gigawatts of power. 
If the purification process exceeds this level, than it is likely a country is focusing on making nuclear weapons. For example, 
Manhattan Project scientists enriched U-235 up to 90% in order to produce the Little Boy weapon. 

Abbreviations like HEU (highly enriched uranium) and LEU (low-enriched uranium) are used frequently by nuclear scientists 
and groups. HEU is defined as being over 20% pure U-235 and would not be used in most commercial nuclear reactors. This 
type of material is used to fuel larger submarines and aircraft carriers. If the purification of U-235 reaches 90%, then the HEU 
is further classified as being weapons grade material. This type of U-235 could be used to make a nuclear weapon (fission 
or even fusion based). As for LEU, its U-235 level would be below this 20% mark. LEU would be used for commercial nuclear 
reactors and smaller, nuclear powered submarines. LEU is not pure enough to be used in a conventional nuclear weapon, but 
could be used in a dirty bomb. This type of weapon uses conventional explosives like dynamite to spread nuclear material. 
Unlike a nuclear weapon, dirty bombs are not powerful enough to affect large groups of buildings or people. Unfortunately, 
the spread of nuclear material would cause massive chaos for a community and would result in casualties. 

Summary 

• The isotopes of an element have different masses and are identified by their mass numbers. 
• An element's atomic mass is the weighted average of the masses of the isotopes of an element 
• An element's atomic mass can be calculated provided the relative abundances of the element's naturally occurring isotopes 

and the masses of those isotopes are known. If all the abundances are not provided, it is safe to assume that all numbers 
should add up to 100%. 

Concept Review Exercises 

1. Why is the atomic number so important to the identity of an atom? 
2. What is the relationship between the number of protons and the number of electrons in an atom? 
3. How do isotopes of an element differ from each other? 
4. What is the mass number of an element? 
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Answers 

1. The atomic number defines the identity of an element. It describes the number of protons in the nucleus. 
2. In an electrically neutral atom, the number of protons equals the number of electrons. 
3. Isotopes of an element have the same number of protons but have different numbers of neutrons in their nuclei. 
4. The mass number is the sum of the numbers of protons and neutrons in the nucleus of an atom. 

Contributors and Attributions 
• 

• Elizabeth R. Gordon (Furman University) 

Answers 
Exercise 

24.31 amu 

This page titled 3.3: Isotopes and Atomic Weights is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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3.4: Masses of Atoms and Molecules 

• Express the masses of atoms and molecules. 

Because matter is defined as anything that has mass and takes up space, it should not be surprising to learn that atoms and 
molecules have mass. 

Individual atoms and molecules, however, are very small, and the masses of individual atoms and molecules are also very small. 
For macroscopic objects, we use units such as grams and kilograms to state their masses, but these units are much too big to 
comfortably describe the masses of individual atoms and molecules. Another scale is needed. 

Atomic Mass Unit 

The atomic mass unit (u; some texts use amu, but this older style is no longer accepted) is defined as one-twelfth of the mass of 
a carbon-12 atom, an isotope of carbon that has six protons and six neutrons in its nucleus. By this scale, the mass of a proton is 
1.00728 u, the mass of a neutron is 1.00866 u, and the mass of an electron is 0.000549 u. There will not be much error if you 
estimate the mass of an atom by simply counting the total number of protons and neutrons in the nucleus (i.e., identify its mass 
number) and ignore the electrons. Thus, the mass of carbon-12 is about 12 u, the mass of oxygen-16 is about 16 u, and the mass of 
uranium-238 is about 238 u. More exact masses are found in scientific references—for example, the exact mass of uranium-238 
is 238.050788 u, so you can see that we are not far off by using the whole-number value as the mass of the atom. 

What is the mass of an element? This is somewhat more complicated because most elements exist as a mixture of isotopes, each 
of which has its own mass. Thus, although it is easy to speak of the mass of an atom, when talking about the mass of an element, 
we must take the isotopic mixture into account. 

Atomic Mass 

The atomic mass of an element is a weighted average of the masses of the isotopes that compose an element. What do we mean 
by a weighted average? Well, consider an element that consists of two isotopes, 50% with mass 10 u and 50% with mass 11 
u. A weighted average is found by multiplying each mass by its fractional occurrence (in decimal form) and then adding all the 
products. The sum is the weighted average and serves as the formal atomic mass of the element. In this example, we have the 
following: 

0.50 × 10 u = 5.0 u 

0.50 × 11 u = 5.5 u 

Sum = 10.5 u = the atomic mass of our element 

Note that no atom in our hypothetical element has a mass of 10.5 u; rather, that is the average mass of the atoms, weighted by 
their percent occurrence. 

This example is similar to a real element. Boron exists as about 20% boron-10 (five protons and five neutrons in the nuclei) and 
about 80% boron-11 (five protons and six neutrons in the nuclei). The atomic mass of boron is calculated similarly to what we did 
for our hypothetical example, but the percentages are different: 

0.20 × 10 u = 2.0 u 

0.80 × 11 u = 8.8 u 

Sum = 10.8 u = the atomic mass of boron 

Learning Objective 
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Thus, we use 10.8 u for the atomic mass of boron. 

Virtually all elements exist as mixtures of isotopes, so atomic masses may vary significantly from whole numbers. Table  lists 
the atomic masses of some elements. The atomic masses in Table  are listed to three decimal places where possible, but in 
most cases, only one or two decimal places are needed. Note that many of the atomic masses, especially the larger ones, are not 
very close to whole numbers. This is, in part, the effect of an increasing number of isotopes as the atoms increase in size. (The 
record number is 10 isotopes for tin.) 

Table : Selected Atomic Masses of Some Elements 

Element Name Atomic Mass (u) Element Name Atomic Mass (u) 

Aluminum 26.981 Molybdenum 95.94 

Argon 39.948 Neon 20.180 

Arsenic 74.922 Nickel 58.693 

Barium 137.327 Nitrogen 14.007 

Beryllium 9.012 Oxygen 15.999 

Bismuth 208.980 Palladium 106.42 

Boron 10.811 Phosphorus 30.974 

Bromine 79.904 Platinum 195.084 

Calcium 40.078 Potassium 39.098 

Carbon 12.011 Radium n/a 

Chlorine 35.453 Radon n/a 

Cobalt 58.933 Rubidium 85.468 

Copper 63.546 Scandium 44.956 

Fluorine 18.998 Selenium 78.96 

Gallium 69.723 Silicon 28.086 

Germanium 72.64 Silver 107.868 

Gold 196.967 Sodium 22.990 

Helium 4.003 Strontium 87.62 

Hydrogen 1.008 Sulfur 32.065 

Iodine 126.904 Tantalum 180.948 

Iridium 192.217 Tin 118.710 

Iron 55.845 Titanium 47.867 

Krypton 83.798 Tungsten 183.84 

Lead 207.2 Uranium 238.029 

Lithium 6.941 Xenon 131.293 

Magnesium 24.305 Zinc 65.409 

Manganese 54.938 Zirconium 91.224 

Mercury 200.59 Molybdenum 95.94 

Note: Atomic mass is given to three decimal places, if known. 
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Molecular Mass 

Now that we understand that atoms have mass, it is easy to extend the concept to the mass of molecules. The molecular mass 
is the sum of the masses of the atoms in a molecule. This may seem like a trivial extension of the concept, but it is important to 
count the number of each type of atom in the molecular formula. Also, although each atom in a molecule is a particular isotope, 
we use the weighted average, or atomic mass, for each atom in the molecule. 

For example, if we were to determine the molecular mass of dinitrogen trioxide, N2O3, we would need to add the atomic mass of 
nitrogen two times with the atomic mass of oxygen three times: 

2 N masses = 2 × 14.007 u = 28.014 u 

3 O masses = 3 × 15.999 u = 47.997 u 

Total = 76.011 u = the molecular mass of N2O3 

We would not be far off if we limited our numbers to one or even two decimal places. 

What is the molecular mass of each substance? 

1. NBr3 
2. C2H6 

Solution 

1. Add one atomic mass of nitrogen and three atomic masses of bromine: 

1 N mass = 14.007 u 

3 Br masses = 3 × 79.904 u = 239.712 u 

Total = 253.719 u = the molecular mass of NBr3 

2. Add two atomic masses of carbon and six atomic masses of hydrogen: 

2 C masses = 2 × 12.011 u = 24.022 u 

6 H masses = 6 × 1.008 u = 6.048 u 

Total = 30.070 u = the molecular mass of C2H6 

The compound C2H6 also has a common name—ethane. 

What is the molecular mass of each substance? 

a. SO2 
b. PF3 

Answer a available at the end of this section. 

Answer b available at the end of this section. 

Example : 

Exercise 
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On March 20, 1995, the Japanese terrorist group Aum Shinrikyo (Sanskrit for "Supreme Truth") released some sarin gas in 
the Tokyo subway system; twelve people were killed, and thousands were injured (part (a) in the accompanying figure). Sarin 
(molecular formula C4H10FPO2) is a nerve toxin that was first synthesized in 1938. It is regarded as one of the most deadly 
toxins known, estimated to be about 500 times more potent than cyanide. Scientists and engineers who study the spread of 
chemical weapons such as sarin (yes, there are such scientists) would like to have a similar less dangerous chemical to study, 
indeed one that is nontoxic, so they are not at risk themselves. 

Sulfur hexafluoride is used as a model compound for sarin. SF6 (a molecular model of which is shown in part (b) in the 
accompanying figure) has a similar molecular mass (about 146 u) as sarin (about 140 u), so it has similar physical properties 
in the vapor phase. Sulfur hexafluoride is also very easy to accurately detect, even at low levels, and it is not a normal part 
of the atmosphere, so there is little potential for contamination from natural sources. Consequently, SF6 is also used as an 
aerial tracer for ventilation systems in buildings. It is nontoxic and very chemically inert, so workers do not have to take 
special precautions other than watching for asphyxiation. 

Figure : Sarin and Sulfur Hexafluoride © Thinkstock. (a) Properly protected workers clear out the Tokyo subway after the nerve toxin 
sarin was released. (b) A molecular model of SF6. (c) A high-voltage electrical switchgear assembly that would be filled with SF6 as a 

spark suppressant. 

Sulfur hexafluoride also has another interesting use: a spark suppressant in high-voltage electrical equipment. High-pressure 
SF6 gas is used in place of older oils that may have contaminants that are not environmentally friendly (part (c) in the 
accompanying figure). 

Key Takeaways 

• The atomic mass unit (u) is a unit that describes the masses of individual atoms and molecules. 
• The atomic mass is the weighted average of the masses of all isotopes of an element. 
• The molecular mass is the sum of the masses of the atoms in a molecule. 

Answers 
Exercise 

64.063 u 

Exercise 

87.968 u 

Chemistry is Everywhere: Sulfur Hexafluoride 
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3.5: Moles and Molar Masses 

• Describe the unit mole. 
• Relate the mole quantity of substance to its mass. 

So far, we have been talking about chemical substances in terms of individual atoms and molecules. Yet we do not typically deal 
with substances an atom or a molecule at a time; we work with millions, billions, and trillions of atoms and molecules at a time. 
We need a way to deal with macroscopic, rather than microscopic, amounts of matter. We need a unit of amount that relates 
quantities of substances on a scale that we can interact with. 

Chemistry uses a unit called mole. A mole (mol) is a number of things equal to the number of atoms in exactly 12 g of carbon-12. 
Experimental measurements have determined that this number is very large: 

1 mol = 6.02214179 × 1023 things 

Understand that a mole means a specific number of things, just like a dozen means a certain number of things—twelve, in the 
case of a dozen. But a mole is a much larger number of things. These things can be atoms, or molecules, or eggs; however, 
in chemistry, we usually use the mole to refer to the amounts of atoms or molecules. Although the number of things in a mole 
is known to eight decimal places, it is usually fine to use only two or three decimal places in calculations. The numerical value 
of things in a mole is often called Avogadro's number (NA). Avogadro's number is also known as the Avogadro constant, after 
Amadeo Avogadro, an Italian chemist who first proposed its importance. 

How many molecules are present in 2.76 mol of H2O? How many atoms is this? 

Solution 

The definition of a mole is an equality that can be used to construct a conversion factor. Also, because we know that there 
are three atoms in each molecule of H2O, we can also determine the number of atoms in the sample. 

To determine the total number of atoms, we have 

How many molecules are present in 4.61 × 10−2 mol of ? 

Answer available at the end of this section. 

How big is a mole? It is very large. Suppose you had a mole of dollar bills that need to be counted. If everyone on earth (about 6 
billion people) counted one bill per second, it would take about 3.2 million years to count all the bills. A mole of sand would fill a 
cube about 32 km on a side. A mole of pennies stacked on top of each other would have about the same diameter as our galaxy, 
the Milky Way. A mole is a lot of things—but atoms and molecules are very tiny. One mole of carbon atoms would make a cube 

Learning Objectives 

Example : 

Exercise 
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that is 1.74 cm on a side, small enough to carry in your pocket. 

Why is the mole unit so important? It represents the link between the microscopic and the macroscopic, especially in terms of 
mass. A mole of a substance has the same mass in grams as one unit (atom or molecules) has in atomic mass units. The mole 
unit allows us to express amounts of atoms and molecules in visible amounts that we can understand. 

For example, we already know that, by definition, a mole of carbon has a mass of exactly 12 g. This means that exactly 12 g of C 

has 6.022 × 1023 atoms: 

12 g C = 6.022 × 1023 atoms C 

We can use this equality as a conversion factor between the number of atoms of carbon and the number of grams of carbon. How 

many grams are there, say, in 1.50 × 1025 atoms of carbon? This is a one-step conversion: 

But it also goes beyond carbon. Previously we defined atomic and molecular masses as the number of atomic mass units per 
atom or molecule. Now we can do so in terms of grams. The atomic mass of an element is the number of grams in 1 mol of 
atoms of that element, while the molecular mass of a compound is the number of grams in 1 mol of molecules of that compound. 
Sometimes these masses are called molar masses to emphasize the fact that they are the mass for 1 mol of things. (The term 
molar is the adjective form of mole and has nothing to do with teeth.) 

Here are some examples. The mass of a hydrogen atom is 1.0079 u; the mass of 1 mol of hydrogen atoms is 1.0079 g. Elemental 
hydrogen exists as a diatomic molecule, H2. One molecule has a mass of 1.0079 + 1.0079 = 2.0158 u, while 1 mol H2 has a 
mass of 2.0158 g. A molecule of H2O has a mass of about 18.01 u; 1 mol H2O has a mass of 18.01 g. A single unit of NaCl has a 

mass of 58.45 u; NaCl has a molar mass of 58.45 g. In each of these moles of substances, there are 6.022 × 1023 units: 6.022 × 

1023 atoms of H, 6.022 × 1023 molecules of H2 and H2O, 6.022 × 1023 units of NaCl ions. These relationships give us plenty of 
opportunities to construct conversion factors for simple calculations. 

What is the molar mass of sugar ( )? 

Solution 

To determine the molar mass, we simply add the atomic masses of the atoms in the molecular formula; but express the total 
in grams per mole, not atomic mass units. The masses of the atoms can be taken from the periodic table. 

6 C = 6 × 12.011 = 72.066 

12 H = 12 × 1.0079 = 12.0948 

6 O = 6 × 15.999 = 95.994 

TOTAL = 180.155 g/mol 

Per convention, the unit grams per mole is written as a fraction. 

What is the molar mass of ? 

Answer available at the end of this section. 

Example : Sugar 

Exercise 
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Knowing the molar mass of a substance, we can calculate the number of moles in a certain mass of a substance and vice versa, 
as these examples illustrate. The molar mass is used as the conversion factor. 

What is the mass of 3.56 mol of HgCl2? The molar mass of HgCl2 is 271.49 g/mol. 

Solution 

Use the molar mass as a conversion factor between moles and grams. Because we want to cancel the mole unit and introduce 
the gram unit, we can use the molar mass as given: 

What is the mass of 33.7 mol of ? 

Answer available at the end of this section. 

How many moles of H2O are present in 240.0 g of water (about the mass of a cup of water)? 

Solution 

Use the molar mass of H2O as a conversion factor from mass to moles. The molar mass of water is 

(1.0079 + 1.0079 + 15.999) = 18.015 g/mol. 

However, because we want to cancel the gram unit and introduce moles, we need to take the reciprocal of this quantity, or 1 
mol/18.015 g: 

How many moles are present in 35.6 g of H2SO4 (molar mass = 98.08 g/mol)? 

Answer available at the end of this section. 

Other conversion factors can be combined with the definition of mole—density, for example. 

The density of ethanol is 0.789 g/mL. How many moles are in 100.0 mL of ethanol? The molar mass of ethanol is 46.08 g/
mol. 

Solution 

Example 

Exercise 

Example 

Exercise 

Example 
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Here, we use density to convert from volume to mass and then use the molar mass to determine the number of moles. 

If the density of benzene, C6H6, is 0.879 g/mL, how many moles are present in 17.9 mL of benzene? 

Answer available at the end of this section. 

Summary 

The mole is a key unit in chemistry. The molar mass of a substance, in grams, is numerically equal to one atom's or molecule's 
mass in atomic mass units. 

Answers 
Exercise 

2.78 × 1022 molecules 

Exercise 

169.87 g/mol 

Exercise 

607 g 

Exercise 

0.363 mol 

Exercise 

0.201 mol 

Exercise 

This page titled 3.5: Moles and Molar Masses is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by 
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3.6: Periodic Table 

• Explain how elements are organized into the periodic table. 
• Describe how some characteristics of elements relate to their positions on the periodic table. 

In the 19th century, many previously unknown elements were discovered, and scientists noted that certain sets of elements 
had similar chemical properties. For example, chlorine, bromine, and iodine react with other elements (such as sodium) to 
make similar compounds. Likewise, lithium, sodium, and potassium react with other elements (such as oxygen) to make similar 
compounds. Why is this so? 

In 1864, Julius Lothar Meyer, a German chemist, organized the elements by atomic mass and grouped them according to their 
chemical properties. Later that decade, Dmitri Mendeleev, a Russian chemist, organized all the known elements according to 
similar properties. He left gaps in his table for what he thought were undiscovered elements, and he made some bold predictions 
regarding the properties of those undiscovered elements. When elements were later discovered whose properties closely matched 
Mendeleev’s predictions, his version of the table gained favor in the scientific community. Because certain properties of the 
elements repeat on a regular basis throughout the table (that is, they are periodic), it became known as the periodic table. 

Mendeleev had to list some elements out of the order of their atomic masses to group them with other elements that 
had similar properties. 

The periodic table is one of the cornerstones of chemistry because it organizes all the known elements on the basis of their 
chemical properties. A modern version is shown in Figure . Most periodic tables provide additional data (such as atomic 
mass) in a box that contains each element’s symbol. The elements are listed in order of atomic number. 

Figure : Modern Periodic Table. (Public Domain; PubChem modified Leticia Colmenares). An interactive Periodic table can be found here. 

Elements that have similar chemical properties are grouped in columns called groups (or families). As well as being numbered, 
some of these groups have names—for example, alkali metals (the first column of elements), alkaline earth metals (the second 
column of elements), halogens (the next-to-last column of elements), and noble gases (the last column of elements). 

Each row of elements on the periodic table is called a period. Periods have different lengths; the first period has only 2 elements 
(hydrogen and helium), while the second and third periods have 8 elements each. The fourth and fifth periods have 18 elements 
each, and later periods are so long that a segment from each is removed and placed beneath the main body of the table. 

Learning Objectives 
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Metals, Nonmetals, and Metalloids 

Certain elemental properties become apparent in a survey of the periodic table as a whole. Every element can be classified 
as either a metal, a nonmetal, or a semimetal, as shown in Figure . A metal is a substance that is shiny, typically (but not 
always) silvery in color, and an excellent conductor of electricity and heat. Metals are also malleable (they can be beaten into thin 
sheets) and ductile (they can be drawn into thin wires). A nonmetal is typically dull and a poor conductor of electricity and heat. 
Solid nonmetals are also very brittle. As shown in Figure , metals occupy the left three-fourths of the periodic table, while 
nonmetals (except for hydrogen) are clustered in the upper right-hand corner of the periodic table. The elements with properties 
intermediate between those of metals and nonmetals are called semimetals (or metalloids). Elements adjacent to the bold 
zigzag line in the right-hand portion of the periodic table have semimetal properties. 

Figure : Types of Elements. Elements are either metals, nonmetals, or semimetals. Each group is located in a different part of the periodic 
table. 

Based on its position in the periodic table, classify each element below as metal, a nonmetal, or a metalloid. 

a. Se 
b. Mg 
c. Ge 

Solution 

a. The atomic number of selenium is 34, which places it in period 4 and group 16. In Figure , selenium lies above and 
to the right of the diagonal line marking the boundary between metals and nonmetals, so it should be a nonmetal. Note, 
however, that because selenium is close to the metal-nonmetal dividing line, it would not be surprising if selenium were 
similar to a semimetal in some of its properties. 

b. Magnesium lies to the left of the diagonal line marking the boundary between metals and nonmetals, so it should be a 
metal. 

c. Germanium lies within the diagonal line marking the boundary between metals and nonmetals, so it should be a 
metalloid. 

Based on its location in the periodic table, do you expect indium (In) to be a nonmetal, a metal, or a semimetal? 

Example 

Exercise 
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Answer available at the end of this section. 

Representative, Transition, and Inner-transition 

Another way to categorize the elements of the periodic table is shown in Figure . The first two columns on the left and the last 
six columns on the right are called the main group or representative elements. The ten-column block between these columns 
contains the transition metals. The two rows beneath the main body of the periodic table contain the inner transition metals. 
The elements in these two rows are also referred to as, respectively, the lanthanide metals and the actinide metals. 

Figure : Special Names for Sections of the Periodic Table. Some sections of the periodic table have special names. The elements lithium, 
sodium, potassium, rubidium, cesium, and francium are collectively known as alkali metals. 

Most of the elemental composition of the human body consists of main group elements. The most abundant non-main group 
element is iron, at 0.006 percentage by mass. Because iron has relatively massive atoms, it would appear even lower on a 
list organized in terms of percent by atoms rather than percent by mass. 

Iron is a transition metal and the chemistry of iron makes it a key component in the proper functioning of red blood cells. 

Red blood cells are cells that transport oxygen from the lungs to cells of the body and then transport carbon dioxide from the 
cells to the lungs. Without red blood cells, animal respiration as we know it would not exist. The critical part of the red blood 
cell is a protein called hemoglobin. Hemoglobin combines with oxygen and carbon dioxide, transporting these gases from 
one location to another in the body. Hemoglobin is a relatively large molecule, with a mass of about 65,000 u. 

The crucial atom in the hemoglobin protein is iron. Each hemoglobin molecule has four iron atoms, which act as binding 
sites for oxygen. It is the presence of this particular transition metal in your red blood cells that allows you to use the oxygen 
you inhale. 

Other transition metals have important functions in the body, despite being present in low amounts. Zinc is needed for the 
body’s immune system to function properly, as well as for protein synthesis and tissue and cell growth. Copper is also needed 
for several proteins to function properly in the body. Manganese is needed for the body to metabolize oxygen properly. Cobalt 
is a necessary component of vitamin B-12, a vital nutrient. These last three metals are present in the body in very small 
quantities. However, even these small quantities are required for the body to function properly. 

To Your Health: Transition Metals in the Body 
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3.7: Electrons and Valence Shells 

Electron Shells and the Bohr Model 

Figure 1. The Bohr model. 

It should be stressed that there is a connection between the number of protons in an element, the atomic number that 
distinguishes one element from another, and the number of electrons it has. In all electrically neutral atoms, the number of 
electrons is the same as the number of protons. Thus, each element, at least when electrically neutral, has a characteristic number 
of electrons equal to its atomic number. 

An early model of the atom was developed in 1913 by Danish scientist Niels Bohr (1885–1962). In this model, electrons exist within 
principal shells. An electron normally exists in the lowest energy shell available, which is the one closest to the nucleus. Energy 
from a photon of light can bump it up to a higher energy shell, but this situation is unstable, and the electron quickly decays back 
to the ground state. In the process, a photon of light is released. 

The Bohr model shows the atom as a central nucleus containing protons and neutrons, with the electrons in circular orbitals at 
specific distances from the nucleus, as illustrated in Figure 1. These orbits form electron shells or energy levels, which are a way 
of visualizing the number of electrons in the outermost shells. These energy levels are designated by a number and the symbol 
“n.” For example, 1n represents the first energy level located closest to the nucleus. 

Electrons fill orbitals in a consistent order: they first fill the orbitals closest to the nucleus, then they continue to fill orbitals of 
increasing energy further from the nucleus. If there are multiple orbitals of equal energy, they will be filled with one electron in 
each energy level before a second electron is added. The electrons of the outermost energy level determine the energetic stability 
of the atom and its tendency to form chemical bonds with other atoms to form molecules. 

Under standard conditions, atoms fill the inner shells first, often resulting in a variable number of electrons in the outermost 
shell. The innermost shell has a maximum of two electrons but the next two electron shells can each have a maximum of eight 
electrons. This is known as the octet rule, which states, with the exception of the innermost shell, that atoms are more stable 
energetically when they have eight electrons in their valence shell, the outermost electron shell. Examples of some neutral atoms 
and their electron configurations are shown in Figure 2. Notice that in this figure, helium has a complete outer electron shell, with 
two electrons filling its first and only shell. Similarly, neon has a complete outer 2n shell containing eight electrons. In contrast, 
chlorine and sodium have seven and one in their outer shells, respectively, but theoretically they would be more energetically 
stable if they followed the octet rule and had eight. 
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Figure 2. Bohr diagrams for hydrogen, helium, lithium, carbon, fluorine, neon, sodium, silicon, chlorine, and argon. 

Bohr diagrams indicate how many electrons fill each principal shell. Group 18 elements (helium, neon, and argon are shown in 
Figure 2) have a full outer, or valence, shell. A full valence shell is the most stable electron configuration. Elements in other groups 
have partially filled valence shells and gain or lose electrons to achieve a stable electron configuration. 

An atom may give, take, or share electrons with another atom to achieve a full valence shell, the most stable electron 
configuration. Looking at this figure, how many electrons do elements in group 1 need to lose in order to achieve a stable electron 
configuration? How many electrons do elements in groups 14 and 17 need to gain to achieve a stable configuration? 

[practice-area rows=”2″][/practice-area] 
[reveal-answer q=”766153″]Show Answer[/reveal-answer] 
[hidden-answer a=”766153″]Elements in group 1 need to lose one electron to achieve a stable electron configuration. Elements 
in groups 14 and 17 need to gain four and one electrons, respectively, to achieve a stable configuration.[/hidden-answer] 

Understanding that the organization of the periodic table is based on the total number of protons (and electrons) helps us know 
how electrons are distributed among the outer shell. The periodic table is arranged in columns and rows based on the number of 
electrons and where these electrons are located. Take a closer look at the some of the elements in the periodic table’s far right 
column in Figure 3. 

Practice Question 
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Figure 3. The periodic table shows the atomic mass and atomic number of each element. The atomic number appears above the symbol for 
the element and the approximate atomic mass appears below it. 

The group 18 atoms helium (He), neon (Ne), and argon (Ar) all have filled outer electron shells, making it unnecessary for them to 
share electrons with other atoms to attain stability; they are highly stable as single atoms. Their non-reactivity has resulted in their 
being named the inert gases (or noble gases). Compare this to the group 1 elements in the left-hand column. These elements, 
including hydrogen (H), lithium (Li), and sodium (Na), all have one electron in their outermost shells. That means that they can 
achieve a stable configuration and a filled outer shell by donating or sharing one electron with another atom or a molecule such as 
water. Hydrogen will donate or share its electron to achieve this configuration, while lithium and sodium will donate their electron 
to become stable. As a result of losing a negatively charged electron, they become positively charged ions. Group 17 elements, 
including fluorine and chlorine, have seven electrons in their outmost shells, so they tend to fill this shell with an electron from 
other atoms or molecules, making them negatively charged ions. Group 14 elements, of which carbon is the most important to 
living systems, have four electrons in their outer shell allowing them to make several covalent bonds (discussed below) with other 
atoms. Thus, the columns of the periodic table represent the potential shared state of these elements’ outer electron shells that 
is responsible for their similar chemical characteristics. 

Electron Orbitals 

Although useful to explain the reactivity and chemical bonding of certain elements, the Bohr model of the atom does not 
accurately reflect how electrons are spatially distributed surrounding the nucleus. They do not circle the nucleus like the earth 
orbits the sun, but are found in electron orbitals. These relatively complex shapes result from the fact that electrons behave not 
just like particles, but also like waves. Mathematical equations from quantum mechanics known as wave functions can predict 
within a certain level of probability where an electron might be at any given time. The area where an electron is most likely to be 
found is called its orbital. 
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Figure 4. Click for a larger image. The s subshells are shaped like spheres. Both 
the 1n and 2n principal shells have an s orbital, but the size of the sphere is larger 
in the 2n orbital. Each sphere is a single orbital. p subshells are made up of three 
dumbbell-shaped orbitals. Principal shell 2n has a p subshell, but shell 1 does not. 

Recall that the Bohr model depicts an atom’s electron shell configuration. Within each electron shell are subshells, and each 
subshell has a specified number of orbitals containing electrons. While it is impossible to calculate exactly where an electron 
is located, scientists know that it is most probably located within its orbital path. Subshells are designated by the letters s, p, 
d, and f. The s subshell is spherical in shape and has one orbital. Principal shell 1n has only a single s orbital, which can hold 
two electrons. Principal shell 2n has one s and one p subshell, and can hold a total of eight electrons. The p subshell has three 
dumbbell-shaped orbitals, as illustrated in Figure 4. Subshells d and f have more complex shapes and contain five and seven 
orbitals, respectively. These are not shown in the illustration. Principal shell 3n has s, p, and d subshells and can hold 18 electrons. 
Principal shell 4n has s, p, d and f orbitals and can hold 32 electrons. Moving away from the nucleus, the number of electrons and 
orbitals found in the energy levels increases. Progressing from one atom to the next in the periodic table, the electron structure 
can be worked out by fitting an extra electron into the next available orbital. 

The closest orbital to the nucleus, called the 1s orbital, can hold up to two electrons. This orbital is equivalent to the innermost 
electron shell of the Bohr model of the atom. It is called the 1s orbital because it is spherical around the nucleus. The 1s orbital 
is the closest orbital to the nucleus, and it is always filled first, before any other orbital can be filled. Hydrogen has one electron; 

therefore, it has only one spot within the 1s orbital occupied. This is designated as 1s1, where the superscripted 1 refers to the 
one electron within the 1s orbital. Helium has two electrons; therefore, it can completely fill the 1s orbital with its two electrons. 

This is designated as 1s2, referring to the two electrons of helium in the 1s orbital. On the periodic table Figure 4, hydrogen and 
helium are the only two elements in the first row (period); this is because they only have electrons in their first shell, the 1s orbital. 
Hydrogen and helium are the only two elements that have the 1s and no other electron orbitals in the electrically neutral state. 

The second electron shell may contain eight electrons. This shell contains another spherical s orbital and three “dumbbell” shaped 
p orbitals, each of which can hold two electrons, as shown in Figure 4. After the 1s orbital is filled, the second electron shell is 
filled, first filling its 2s orbital and then its three p orbitals. When filling the p orbitals, each takes a single electron; once each 
p orbital has an electron, a second may be added. Lithium (Li) contains three electrons that occupy the first and second shells. 

Two electrons fill the 1s orbital, and the third electron then fills the 2s orbital. Its electron configuration is 1s22s1. Neon (Ne), on 
the other hand, has a total of ten electrons: two are in its innermost 1s orbital and eight fill its second shell (two each in the 2s 
and three p orbitals); thus, it is an inert gas and energetically stable as a single atom that will rarely form a chemical bond with 
other atoms. Larger elements have additional orbitals, making up the third electron shell. While the concepts of electron shells 
and orbitals are closely related, orbitals provide a more accurate depiction of the electron configuration of an atom because the 
orbital model specifies the different shapes and special orientations of all the places that electrons may occupy. 

Watch this visual animation to see the spatial arrangement of the p and s orbitals. Note that this video has no audio. 

A link to an interactive elements can be found at the bottom of this page. 
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You can view the audio description text for “Atomic Orbitals – Electron Configuration of Scandium” here (opens in new window). 

This video gives another overview of the electron: 

A YouTube element has been excluded from this version of the text. You can view it online here: pb.libretexts.org/
biom1/?p=90 

Contributors and Attributions 
CC licensed content, Shared previously 

• Biology. Provided by: OpenStax CNX. Located at: http://cnx.org/contents/185cbf87-c72e-48f5-b51e-f14f21b5eabd@10.8. 
License: CC BY: Attribution. License Terms: Download for free at http://cnx.org/contents/185cbf87-c72...f21b5eabd@10.8 

All rights reserved content 

• Atomic orbitals - electron configuration of Scandium (Z=21). Authored by: Manuel Moreirea Baptista. Located at: 
https://youtu.be/sMt5Dcex0kg. License: All Rights Reserved. License Terms: Standard YouTube License 

• The Electron: Crash Course Chemistry #5. Authored by: CrashCourse. Located at: https://youtu.be/rcKilE9CdaA. License: 
Public Domain: No Known Copyright. License Terms: Standard YouTube License 

Learning Objectives 

This page titled 3.7: Electrons and Valence Shells is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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4: CHAPTER 4 - IONIC BONDING 

4.1: What is a Chemical Bond? 
4.1.1: Overview of Ionic and Covalent Compounds 

4.1.2: Why Do Atoms Form Bonds? 

4.2: Ionic Compounds 
4.2.1: Oxidation and Reduction 

4.2.2: Electron Dot Structures of Ions 

4.2.3: Ionic Charge Patterns 

4.2.4: Formation of Ionic Compounds 

4.3: Writing Formulas for Ionic Compounds 
4.3.1: Naming Binary Ionic Compounds 

4.4: Polyatomic and Ternary Ionic Compounds 

4.5: Formula Mass and the Mole Concept 

This page titled 4: Chapter 4 - Ionic Bonding is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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4.1: What is a Chemical Bond? 

• to understand the differences between covalent and ionic bonding. 

The atoms in all substances that contain multiple atoms are held together by electrostatic interactions—interactions between 
electrically charged particles such as protons and electrons. Electrostatic attraction between oppositely charged species (positive 
and negative) results in a force that causes them to move toward each other, like the attraction between opposite poles of two 
magnets. In contrast, electrostatic repulsion between two species with the same charge (either both positive or both negative) 
results in a force that causes them to repel each other, as do the same poles of two magnets. Atoms form chemical compounds 
when the attractive electrostatic interactions between them are stronger than the repulsive interactions. Collectively, the attractive 
interactions between atoms are called chemical bonds. 

Chemical bonds are generally divided into two fundamentally different types: ionic and covalent. In reality, however, the bonds 
in most substances are neither purely ionic nor purely covalent, but lie on a spectrum between these extremes. Although purely 
ionic and purely covalent bonds represent extreme cases that are seldom encountered in any but very simple substances, a 
brief discussion of these two extremes helps explain why substances with different kinds of chemical bonds have very different 
properties. Ionic compounds consist of positively and negatively charged ions held together by strong electrostatic forces, 
whereas covalent compounds generally consist of molecules, which are groups of atoms in which one or more pairs of electrons 
are shared between bonded atoms. In a covalent bond, atoms are held together by the electrostatic attraction between the 
positively charged nuclei of the bonded atoms and the negatively charged electrons they share. 

Ionic compounds consist of ions of opposite charges held together by strong electrostatic forces, whereas pairs of electrons 
are shared between bonded atoms in covalent compounds. 

Learning Objectives 

This page titled 4.1: What is a Chemical Bond? is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by 
LibreTexts. 

• 2.6: Molecules and Molecular Compounds is licensed CC BY-NC-SA 3.0. 
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4.1.1: Overview of Ionic and Covalent Compounds 

• Classify substances as atomic elements, molecular elements, molecular compounds, or ionic compounds. 

Ionic Compounds 

The elements in the periodic table are divided into specific groupings; the metals, the non-metals, the semi-metals, and so 
on. These groupings are largely based on physical properties and on the tendency of the various elements to bond with other 
elements by forming either an ionic or a covalent bond. As a general rule of thumb, compounds that involve a metal binding with 
either a non-metal or a semi-metal will display ionic bonding. Thus, the compound formed from sodium and chlorine will be ionic 
(a metal and a non-metal). The basic unit of ionic compounds is the formula unit. 

Covalent (Molecular) Compounds 

Compounds that are composed of only non-metals or semi-metals with non-metals will display covalent bonding and will be 
classified as molecular compounds. Nitrogen monoxide (NO) will be a covalently bound molecule (two non-metals) and silicon 
dioxide (SiO2) will also be a covalently bound molecule (a semi-metal and a non-metal). The basic unit of molecular compounds 
is the molecule. 

Provide the classification (i.e. atomic element, molecular element, molecular compound, or ionic compound) of each 
substance. 

a. Fe 
b. PCl3 
c. LiBr 
d. P4 
e. oxygen gas 

Solution 

a. Fe (iron) is an element that is represented with no subscript, so it is an atomic element. 
b. PCl3 is made up of two nonmetals, so it is a molecular compound. 
c. LiBr is made up of lithium, a metal, and bromine, a nonmetal, so it is an ionic compound. 
d. P4 is a substance that is made up of four atoms of the same element, so it is a molecular element. 
e. The formula for oxygen gas is O2 so it is a molecular element. 

Provide the classification (i.e. atomic element, molecular element, molecular compound, or ionic compound) of each 
substance. 

a. I2 
b. He 
c. H2O 
d. Al 

Learning Objectives 

Example 

Exercise 
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e. CuCl 

Answer a: available at the end of this section. 

Answer b: available at the end of this section. 

Answer c: available at the end of this section. 

Answer d: available at the end of this section. 

Answer e: available at the end of this section. 

Answers 
Exercise 

molecular element 

Exercise 

atomic element 

Exercise 

molecular compound 

Exercise 

atomic element 

Exercise 

ionic compound 

This page titled 4.1.1: Overview of Ionic and Covalent Compounds is shared under a CK-12 license and was authored, remixed, and/or curated 
by Henry Agnew & Marisa Alviar-Agnew. 

• 5.4: A Molecular View of Elements and Compounds by Henry Agnew, Marisa Alviar-Agnew is licensed CK-12. Original source: 
https://www.ck12.org/c/chemistry/. 
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4.1.2: Why Do Atoms Form Bonds? 

• Define the octet rule. 
• Describe how ionic bonds are formed. 

Atoms can join together by forming a chemical bond, which is a very strong attraction between two atoms. Chemical bonds are 
formed when electrons in different atoms interact with each other to make an arrangement that is more stable than when the 
atoms are apart. 

What causes atoms to make a chemical bond with other atoms, rather than remaining as individual atoms? A clue comes by 
considering the noble gas elements, the rightmost column of the periodic table. These elements—helium, neon, argon, krypton, 
xenon, and radon—do not form compounds very easily, which suggests that they are especially stable as lone atoms. What else 
do the noble gas elements have in common? Except for helium, they all have eight valence electrons. Chemists have concluded 
that atoms are especially stable if they have eight electrons in their outermost shell. This useful rule of thumb is called the octet 
rule, and it is a key to understanding why compounds form. 

Of the noble gases, only krypton, xenon, and radon have been found to make compounds. 

There are two ways for an atom that does not have an octet of valence electrons to obtain an octet in its outer shell. One way is 
the transfer of electrons between two atoms until all atoms have octets. Because some atoms will lose electrons and some atoms 
will gain electrons, there is no overall change in the number of electrons, but individual atoms acquire a nonzero electric charge. 
Those that lose electrons become positively charged, and those that gain electrons become negatively charged. Charged atoms 
are called ions. Because opposite charges attract (while like charges repel), these oppositely charged ions attract each other, 
forming ionic bonds. The resulting compounds are called ionic compounds and are the primary subject of this chapter. 

The second way for an atom to obtain an octet of electrons is by sharing electrons with another atom. These shared electrons 
simultaneously occupy the outermost shell of more than one atom. The bond made by electron sharing is called a covalent bond. 

Despite our focus on the octet rule, we must remember that for small atoms, such as hydrogen, helium, and lithium, the first 
shell is, or becomes, the outermost shell and hold only two electrons. Therefore, these atoms satisfy a “duet rule” rather than 
the octet rule. 

A sodium atom has one valence electron. Do you think it is more likely for a sodium atom to lose one electron or gain seven 
electrons to obtain an octet? 

Solution 

Although either event is possible, a sodium atom is more likely to lose its single valence electron. When that happens, it 
becomes an ion with a net positive charge. This can be illustrated as follows: 

Table explaining the solution to the example. 

Sodium atom Sodium ion 

11 protons 11+ 11 protons 11+ 

11 electrons 11− 10 electrons 10− 

  0 overall charge   +1 overall charge 

Learning Objectives 

Example 
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A fluorine atom has seven valence electrons. Do you think it is more likely for a fluorine atom to lose seven electrons or gain 
one electron to obtain an octet? Write the formula of the resulting ion. 

Answer available at the end of this section. 

Key Takeaways 

• Atoms have a tendency to have eight electrons in their valence shell. 
• The attraction of oppositely charged ions is what makes ionic bonds. 

Exercises 

1. What is the octet rule? 

2. How are ionic bonds formed? 

3. Why is an ionic compound unlikely to consist of two positively charged ions? 

4. Why is an ionic compound unlikely to consist of two negatively charged ions? 

5. A calcium atom has two valence electrons. Do you think it will lose two electrons or gain six electrons to obtain an octet in its 
outermost electron shell? Write the formula of the resulting ion. 

6. An aluminum atom has three valence electrons. Do you think it will lose three electrons or gain five electrons to obtain an octet 
in its outermost electron shell? Write the formula of the resulting ion. 

7. A selenium atom has six valence electrons. Do you think it will lose six electrons or gain two electrons to obtain an octet in its 
outermost electron shell? Write the formula of the resulting ion. 

8. An iodine atom has seven valence electrons. Do you think it will lose seven electrons or gain one electron to obtain an octet in 
its outermost electron shell? Write the formula of the resulting ion. 

Answers 

1. The octet rule is the concept that atoms tend to have eight electrons in their valence electron shell. 

2. Ionic bonds are formed by the attraction between oppositely charged ions. 

3. Positive charges repel each other, so an ionic compound is not likely between two positively charged ions. 

4. Negative charges repel each other also. 5. Ca atom is more likely to lose two electrons. It will become Ca2+ ion. 6. An Al atom 

is more likely to lose three electrons. It will become Al3+ ion. 

7. Selenium is more likely to gain two electrons. It will become Se2− ion. 

8. Iodine is more likely to gain one electron. It will become I− ion. 

Answers 
Exercise 

The process that involves less number of electrons is more favorable. Fluorine would gain one electron. The formula of the resulting ion is F−. 

Exercise 
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4.2: Ionic Compounds 

• Define ionic and molecular (covalent) compounds 
• Predict the type of compound formed from elements based on their location within the periodic table 
• Determine formulas for simple ionic compounds 

In ordinary chemical reactions, the nucleus of each atom (and thus the identity of the element) remains unchanged. Electrons, 
however, can be added to atoms by transfer from other atoms, lost by transfer to other atoms, or shared with other atoms. The 
transfer and sharing of electrons among atoms govern the chemistry of the elements. During the formation of some compounds, 
atoms gain or lose electrons, and form electrically charged particles called ions (Figure ). 

Figure : (a) A sodium atom (Na) has equal numbers of protons and electrons (11) and is uncharged. (b) A sodium cation (Na+) has lost an 
electron, so it has one more proton (11) than electrons (10), giving it an overall positive charge, signified by a superscripted plus sign. 

Figure A shows a sodium atom which has a nucleus containing 11 protons, 12 neutrons, and 11 electrons. Figure B shows a sodium ion. Its 
nucleus contains 11 protons, 12 neutrons, and 11 electrons. 

You can use the periodic table to predict whether an atom will form an anion or a cation, and you can often predict the charge of 
the resulting ion. Atoms of many main-group metals lose enough electrons to leave them with the same number of electrons as 
an atom of the preceding noble gas. To illustrate, an atom of an alkali metal (group 1) loses one electron and forms a cation with 
a 1+ charge; an alkaline earth metal (group 2) loses two electrons and forms a cation with a 2+ charge, and so on. For example, 
a neutral calcium atom, with 20 protons and 20 electrons, readily loses two electrons. This results in a cation with 20 protons, 18 
electrons, and a 2+ charge. It has the same number of electrons as atoms of the preceding noble gas, argon, and is symbolized 

Ca2+. The name of a metal ion is the same as the name of the metal atom from which it forms, so Ca2+ is called a calcium ion. 

When atoms of nonmetal elements form ions, they generally gain enough electrons to give them the same number of electrons as 
an atom of the next noble gas in the periodic table. Atoms of group 17 gain one electron and form anions with a 1− charge; atoms 
of group 16 gain two electrons and form ions with a 2− charge, and so on. For example, the neutral bromine atom, with 35 protons 
and 35 electrons, can gain one electron to provide it with 36 electrons. This results in an anion with 35 protons, 36 electrons, and 

a 1− charge. It has the same number of electrons as atoms of the next noble gas, krypton, and is symbolized Br−. (A discussion 
of the theory supporting the favored status of noble gas electron numbers reflected in these predictive rules for ion formation is 
provided in a later chapter of this text.) 

Note the usefulness of the periodic table in predicting likely ion formation and charge (Figure ). Moving from the far left to 
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the right on the periodic table, main-group elements tend to form cations with a charge equal to the group number. That is, group 
1 elements form 1+ ions; group 2 elements form 2+ ions, and so on. Moving from the far right to the left on the periodic table, 
elements often form anions with a negative charge equal to the number of groups moved left from the noble gases. For example, 
group 17 elements (one group left of the noble gases) form 1− ions; group 16 elements (two groups left) form 2− ions, and so 
on. This trend can be used as a guide in many cases, but its predictive value decreases when moving toward the center of the 
periodic table. In fact, transition metals and some other metals often exhibit variable charges that are not predictable by their 
location in the table. For example, copper can form ions with a 1+ or 2+ charge, and iron can form ions with a 2+ or 3+ charge. 

Figure : Some elements exhibit a regular pattern of ionic charge when they form ions. 

This periodic table shows the charges of ions corresponding with the group number. Starting with a charge of positive one for group 1, positive 
2 for group 2, and negative 4, 3, 2, and 1 for groups 14, 15, 16, and 17 respectively. Noble gases on the far right do not have any charges. Some 

of the ions of transition metals are shown, with multiple charges existing for certain metals. 

An ion found in some compounds used as antiperspirants contains 13 protons and 10 electrons. What is its symbol? 

Solution 

Because the number of protons remains unchanged when an atom forms an ion, the atomic number of the element must be 
13. Knowing this lets us use the periodic table to identify the element as Al (aluminum). The Al atom has lost three electrons 

and thus has three more positive charges (13) than it has electrons (10). This is the aluminum cation, Al3+. 

Give the symbol and name for the ion with 34 protons and 36 electrons. 

Answer available at the end of this section. 

Magnesium and nitrogen react to form an ionic compound. Predict which forms an anion, which forms a cation, and the 
charges of each ion. Write the symbol for each ion and name them. 

Solution 

Example : Composition of Ions 

Exercise 

Example : Formation of Ions 
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Magnesium’s position in the periodic table (group 2) tells us that it is a metal. Metals form positive ions (cations). A 
magnesium atom must lose two electrons to have the same number electrons as an atom of the previous noble gas, neon. 
Thus, a magnesium atom will form a cation with two fewer electrons than protons and a charge of 2+. The symbol for the ion 

is Mg2+, and it is called a magnesium ion. 

Nitrogen’s position in the periodic table (group 15) reveals that it is a nonmetal. Nonmetals form negative ions (anions). A 
nitrogen atom must gain three electrons to have the same number of electrons as an atom of the following noble gas, neon. 
Thus, a nitrogen atom will form an anion with three more electrons than protons and a charge of 3−. The symbol for the ion 

is N3−, and it is called a nitride ion. 

Aluminum and carbon react to form an ionic compound. Predict which forms an anion, which forms a cation, and the charges 
of each ion. Write the symbol for each ion and name them. 

Answer available at the end of this section. 

In every ionic compound, the total number of positive charges of the cations equals the total number of negative charges of the 
anions. Thus, ionic compounds are electrically neutral overall, even though they contain positive and negative ions. We can use 
this observation to help us write the formula of an ionic compound. The formula of an ionic compound must have a ratio of ions 
such that the numbers of positive and negative charges are equal. 

Answers 
Exercise 

Se2−, the selenide ion 

Exercise 

Al will form a cation with a charge of 3+: Al3+, an aluminum ion. Carbon will form an anion with a charge of 4−: C4−, a carbide ion. 

Exercise 
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4.2.1: Oxidation and Reduction 

Oxidation-Reduction Reactions 

When a transfer of electrons occurs between a metal and a nonmetal, we can view this as an example of oxidation-reduction 
reaction (or redox reaction). 

Redox reactions are a broad class of chemical reactions, but some redox reactions involve the transfer of electrons between 
reactant species to yield ionic compounds, such as the reaction between sodium and chlorine to yield sodium chloride: 

It is helpful to view the process with regard to each individual reactant, that is, to represent the fate of each reactant in the form 
of an equation called a half-reaction: 

These equations show that Na atoms lose electrons while Cl atoms (in the Cl2 molecule) gain electrons, the “s” subscripts for the 
resulting ions signifying they are present in the form of a solid ionic compound. For redox reactions of this sort, the loss and gain 
of electrons define the complementary processes that occur: 

In this reaction, then, sodium is oxidized and chlorine undergoes reduction. Viewed from a more active perspective, sodium 
functions as a reducing agent (reductant), since it provides electrons to (or reduces) chlorine. Likewise, chlorine functions as an 
oxidizing agent (oxidant), as it effectively removes electrons from (oxidizes) sodium. 

This page titled 4.2.1: Oxidation and Reduction is shared under a CC BY 4.0 license and was authored, remixed, and/or curated by LibreTexts. 
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4.2.2: Electron Dot Structures of Ions 

Electron Dot Diagrams 

We will use sodium chloride as an example to demonstrate the nature of the ionic bond and how it forms. As you know, sodium 
is a metal and loses its one valence electron to become a cation. Chlorine is a nonmetal and gains one electron in becoming 
an anion. Both achieve a noble-gas electron configuration. However, electrons cannot be simply "lost" to nowhere in particular. A 
more accurate way to describe what is happening is that a single electron is transferred from the sodium atom to the chlorine 
atom, as shown below. 

Figure  (Credit: CK-12 Foundation; Source: CK-12 Foundation; License: CC BY-NC 3.0(opens in new window)) 

The ionic bond is the attraction of the  ion for the  ion. It is conventional to show the cation without dots around the 
symbol to emphasize that the original energy level that contained the valence electron is now empty. The anion is now shown with 
a complete octet of electrons. 

For a compound such as magnesium chloride, it is not quite as simple. Because magnesium has two valence electrons, it needs 
to lose both to achieve the noble-gas configuration. Therefore, two chlorine atoms will be needed. 

Figure  (Credit: CK-12 Foundation; Source: CK-12 Foundation; License: CC BY-NC 3.0(opens in new window)) 

The final formula for magnesium chloride is . 

Summary 

• An ionic compound contains positive and negative ions. 
• An ionic bond is electrostatic in nature. 
• Electron dot diagrams can be used to illustrate electron movements and ion formation. 

Review 

1. What is an ionic compound? 
2. What is an ionic bond? 

This page titled 4.2.2: Electron Dot Structures of Ions is shared under a CK-12 license and was authored, remixed, and/or curated by LibreTexts. 
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4.2.3: Ionic Charge Patterns 

• Explain the bonding nature of ionic compounds. 
• Relating microscopic bonding properties to macroscopic solid properties. 

One example of an ionic compound is sodium chloride (NaCl; Figure ), formed from sodium and chlorine. In forming 
chemical compounds, many elements have a tendency to gain or lose enough electrons to attain the same number of electrons 
as the noble gas closest to them in the periodic table. When sodium and chlorine come into contact, each sodium atom gives up 

an electron to become a Na+ ion, with 11 protons in its nucleus but only 10 electrons (like neon), and each chlorine atom gains 

an electron to become a Cl− ion, with 17 protons in its nucleus and 18 electrons (like argon), as shown in part (b) in Figure 

. Solid sodium chloride contains equal numbers of cations (Na+) and anions (Cl−), thus maintaining electrical neutrality. 

Figure : Sodium Chloride: an Ionic Solid. The planes of an NaCl crystal reflect the regular three-dimensional arrangement of its Na+ 
(purple) and Cl− (green) ions. 

Consistent with a tendency to have the same number of electrons as the nearest noble gas, when forming ions, elements in groups 

1, 2, and 3 tend to lose one, two, and three electrons, respectively, to form cations, such as Na+ and Mg2+. They then have the 

same number of electrons as the nearest noble gas: neon. Similarly, K+, Ca2+, and Sc3+ have 18 electrons each, like the nearest 

noble gas: argon. In addition, the elements in group 13 lose three electrons to form cations, such as Al3+, again attaining the 
same number of electrons as the noble gas closest to them in the periodic table. Because the lanthanides and actinides formally 

belong to group 3, the most common ion formed by these elements is M3+, where M represents the metal. Conversely, elements 

in groups 17, 16, and 15 often react to gain one, two, and three electrons, respectively, to form ions such as Cl−, S2−, and P3−. Ions 
such as these, which contain only a single atom, are called monatomic ions. The charges of most monatomic ions derived from 
the main group elements can be predicted by simply looking at the periodic table and counting how many columns an element 

lies from the extreme left or right. For example, barium (in Group 2) forms Ba2+ to have the same number of electrons as its 

nearest noble gas, xenon; oxygen (in Group 16) forms O2− to have the same number of electrons as neon; and cesium (in Group 

1) forms Cs+, which has the same number of electrons as xenon. Note that this method is ineffective for most of the transition 
metals. Some common monatomic ions are listed in Table . 
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Elements in Groups 1, 2, and 3 tend to form 1+, 2+, and 3+ ions, respectively; elements in Groups 15, 16, and 17 tend to form 
3−, 2−, and 1− ions, respectively. 

Table : Some Common Monatomic Ions and Their Names 

Group 1 Group 2 Group 3 Group 13 Group 15 Group 16 Group 17 

Li+ lithium Be2+ beryllium     N3− nitride (azide) O2− oxide F− fluoride 

Na+ sodium Mg2+ magnesium   Al3+ aluminum P3− phosphide S2− sulfide Cl− chloride 

K+ potassium Ca2+ calcium Sc3+ scandium Ga3+ gallium As3− arsenide Se2− selenide Br− bromide 

Rb+ rubidium Sr2+ strontium Y3+ yttrium In3+ indium   Te2− telluride I− iodide 

Cs+ cesium Ba2+ barium La3+ lanthanum        

Predict the charge on the most common monatomic ion formed by each element. 

a. aluminum, used in the quantum logic clock, the world’s most precise clock 
b. selenium, used to make ruby-colored glass 
c. yttrium, used to make high-performance spark plugs 

Given: element 

Asked for: ionic charge 

Strategy: 

A. Identify the group in the periodic table to which the element belongs. Based on its location in the periodic table, decide 
whether the element is a metal, which tends to lose electrons; a nonmetal, which tends to gain electrons; or a semimetal, 
which can do either. 

B. After locating the noble gas that is closest to the element, determine the number of electrons the element must gain or 
lose to have the same number of electrons as the nearest noble gas. 

Solution: 

a. A Aluminum is a metal in group 13; consequently, it will tend to lose electrons. B The nearest noble gas to aluminum is 

neon. Aluminum will lose three electrons to form the Al3+ ion, which has the same number of electrons as neon. 
b. A Selenium is a nonmetal in group 16, so it will tend to gain electrons. B The nearest noble gas is krypton, so we predict 

that selenium will gain two electrons to form the Se2− ion, which has the same number of electrons as krypton. 
c. A Yttrium is in group 3, and elements in this group are metals that tend to lose electrons. B The nearest noble gas to 

yttrium is krypton, so yttrium is predicted to lose three electrons to form Y3+, which has the same number of electrons 
as krypton. 

Predict the charge on the most common monatomic ion formed by each element. 

a. calcium, used to prevent osteoporosis 
b. iodine, required for the synthesis of thyroid hormones 
c. lithium 

Answer a available at the end of this section. 

Example 

Exercise 
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This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Ions of Atoms: Ions of Atoms, YouTube(opens in new window) [youtu.be] 

Answers 
Exercise 

Ca2+ 

I− 

Li+ 

YouTube Video 
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4.2.4: Formation of Ionic Compounds 

Binary compounds are composed of just two different elements. For example, carbon dioxide (CO2), is a binary compound 
because it contains just two elements: carbon and oxygen. 

More specifically, binary ionic compounds are composed of just two elements, where one of the elements is a metal (which 
forms the cations) and the other is a nonmetal (which forms the anions). For example, NaCl is a binary ionic compound. We can 
think about the formation of such compounds in terms of the periodic properties of the elements. Many metallic elements have 
relatively low ionization potentials and lose electrons easily. These elements lie to the left in a period or near the bottom of a 
group on the periodic table. Nonmetal atoms have relatively high electron affinities and thus readily gain electrons lost by metal 
atoms, thereby filling their valence shells. Nonmetallic elements are found in the upper-right corner of the periodic table. 

As all substances must be electrically neutral, the total number of positive charges on the cations of an ionic compound must 
equal the total number of negative charges on its anions. The formula of an ionic compound represents the simplest ratio of the 
numbers of ions necessary to give identical numbers of positive and negative charges. For example, the formula for aluminum 

oxide, Al2O3, indicates that this ionic compound contains two aluminum cations, Al3+, for every three oxide anions, O2− [thus, (2 
× +3) + (3 × –2) = 0]. 

It is important to note, however, that the formula for an ionic compound does not represent the physical arrangement of its ions. It 
is incorrect to refer to a sodium chloride (NaCl) “molecule” because there is not a single ionic bond, per se, between any specific 
pair of sodium and chloride ions. The attractive forces between ions are isotropic—the same in all directions—meaning that any 
particular ion is equally attracted to all of the nearby ions of opposite charge. This results in the ions arranging themselves into 
a tightly bound, three-dimensional lattice structure. Sodium chloride, for example, consists of a regular arrangement of equal 

numbers of Na+ cations and Cl– anions (Figure Figure ). 

This page titled 4.2.4: Formation of Ionic Compounds is shared under a CC BY 4.0 license and was authored, remixed, and/or curated by 
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4.3: Writing Formulas for Ionic Compounds 

• Write the correct formula for an ionic compound. 

Ionic compounds do not exist as molecules. In the solid state, ionic compounds are in crystal lattice containing many ions each 
of the cation and anion. An ionic formula, like , is an empirical formula. This formula merely indicates that sodium chloride 
is made of an equal number of sodium and chloride ions. Sodium sulfide, another ionic compound, has the formula . This 
formula indicates that this compound is made up of twice as many sodium ions as sulfide ions. This section will teach you how to 
find the correct ratio of ions, so that you can write a correct formula. 

If you know the name of a binary ionic compound, you can write its chemical formula. Start by writing the metal ion with its 
charge, followed by the nonmetal ion with its charge. Because the overall compound must be electrically neutral, decide how many 
of each ion is needed in order for the positive and negative charges to cancel each other out. 

Write the formulas for aluminum nitride and lithium oxide. 

Solution 

Solution to Example 5.5.1 

Write the formula for 
aluminum nitride 

Write the formula for lithium 
oxide 

1. Write the symbol and charge of the cation (metal) first 
and the anion (nonmetal) second. 

msup      msup      msup

2. Use a multiplier to make the total charge of the cations 
and anions equal to each other. total charge of cations = total 

charge of anions 

1(3+) = 1(3-) 

+3 = -3 

total charge of cations = total 
charge of anions 

2(1+) = 1(2-) 

+2 = -2 

3. Use the multipliers as subscript for each ion. 

4. Write the final formula. Leave out all charges and all 
subscripts that are 1. 

An alternative way to writing a correct formula for an ionic compound is to use the crisscross method. In this method, the 
numerical value of each of the ion charges is crossed over to become the subscript of the other ion. Signs of the charges are 
dropped. 

Write the formula for lead (IV) oxide. 

Solution 

Learning Objectives 
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Solution to Example 5.5.2 

Crisscross Method Write the formula for lead 
(IV) oxide 

1. Write the symbol and charge of the cation (metal) first and the anion (nonmetal) second. msup      msup

2. Transpose only the number of the positive charge to become the subscript of the anion 
and the number only of the negative charge to become the subscript of the cation. 

3. Reduce to the lowest ratio. 

4. Write the final formula. Leave out all subscripts that are 1. 

Write the chemical formula for an ionic compound composed of each pair of ions. 

a. the calcium ion and the oxygen ion 
b. the 2+ copper ion and the sulfur ion 
c. the 1+ copper ion and the sulfur ion 

Answer a: available at the end of this section. 

Be aware that ionic compounds are empirical formulas and so must be written as the lowest ratio of the ions. 

Write the formula for sodium combined with sulfur. 

Solution 

Solution to Example 5.5.3 

Crisscross Method Write the formula for 
sodium combined with 

sulfur 

1. Write the symbol and charge of the cation (metal) first and the anion (nonmetal) second.      msup

2. Transpose only the number of the positive charge to become the subscript of the anion 
and the number only of the negative charge to become the subscript of the cation. 

3. Reduce to the lowest ratio. This step is not necessary. 

4. Write the final formula. Leave out all subscripts that are 1. 

Write the formula for each ionic compound. 

a. sodium bromide 
b. lithium chloride 
c. magnesium oxide 

Exercise 

Example : Sulfur Compound 

Exercise 

162 (4.3.2)

https://chem.libretexts.org/@api/deki/files/114113/5.5.2.png?revision=2
https://chem.libretexts.org/@api/deki/files/114113/5.5.2.png?revision=2
https://chem.libretexts.org/@api/deki/files/80946/5.5.3.png?revision=7
https://chem.libretexts.org/@api/deki/files/80946/5.5.3.png?revision=7


Answer a: available at the end of this section. 

Answers 
Exercise 

CaO 

CuS 

Cu2S 

Exercise 

NaBr 

LiCl 

MgO 

This page titled 4.3: Writing Formulas for Ionic Compounds is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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4.3.1: Naming Binary Ionic Compounds 

• Name binary ionic compounds. 

Nomenclature, a collection of rules for naming things, is important in science and in many other situations. In this section, we 
learn how to name binary ionic compounds. 

To name an inorganic compound, we need to consider the answers to several questions. First, is the compound ionic or molecular? 
If the compound is ionic, does the metal form ions of only one type (fixed charge) or more than one type (variable charge)? Are 
the ions monatomic or polyatomic? If the compound is molecular, does it contain hydrogen? If so, does it also contain oxygen? 
From the answers we derive, we place the compound in an appropriate category and then name it accordingly. We will begin with 
the nomenclature rules for ionic compounds. 

Compounds Containing Only Monatomic Ions 

The name of a binary compound containing monatomic ions consists of the name of the cation (the name of the metal) followed 
by the name of the anion (the name of the nonmetallic element with its ending replaced by the suffix –ide). Some examples are 
given in Table . 

Table : Names of Some Ionic Compounds 

NaCl, sodium chloride Na2O, sodium oxide 

KBr, potassium bromide CdS, cadmium sulfide 

CaI2, calcium iodide Mg3N2, magnesium nitride 

CsF, cesium fluoride Ca3P2, calcium phosphide 

LiCl, lithium chloride Al4C3, aluminum carbide 

Compounds Containing a Metal Ion with a Variable Charge 

Most of the transition metals can form two or more cations with different charges. Compounds of these metals with nonmetals 
are named with the same method as compounds in the first category, except the charge of the metal ion is specified by a Roman 
numeral in parentheses after the name of the metal. The charge of the metal ion is determined from the formula of the compound 
and the charge of the anion. For example, consider binary ionic compounds of iron and chlorine. Iron typically exhibits a charge 
of either 2+ or 3+, and the two corresponding compound formulas are FeCl2 and FeCl3. The simplest name, “iron chloride,” 
will, in this case, be ambiguous, as it does not distinguish between these two compounds. In cases like this, the charge of the 
metal ion is included as a Roman numeral in parentheses immediately following the metal name. These two compounds are then 
unambiguously named iron(II) chloride and iron(III) chloride, respectively. Other examples are provided in Table . 

Table : Names of Some Transition Metal Ionic Compounds 

Transition Metal Ionic Compound Name 

FeCl3 iron(III) chloride 

Hg2O mercury(I) oxide 

HgO mercury(II) oxide 

Out-of-date nomenclature used the suffixes –ic and –ous to designate metals with higher and lower charges, respectively: Iron(III) 
chloride, FeCl3, was previously called ferric chloride, and iron(II) chloride, FeCl2, was known as ferrous chloride. Though this 
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naming convention has been largely abandoned by the scientific community, it remains in use by some segments of industry. 
For example, you may see the words stannous fluoride on a tube of toothpaste. This represents the formula SnF2, which is more 
properly named tin(II) fluoride. The other fluoride of tin is SnF4, which was previously called stannic fluoride but is now named 
tin(IV) fluoride. 

Name the following ionic compounds, which contain a metal that can have more than one ionic charge: 

a. Fe2S3 

b. CuSe 
c. GaN 
d. CrCl3 

Solution 

The anions in these compounds have a fixed negative charge (S2−, Se2− , N3−, Cl−, and ), and the compounds must be 
neutral. Because the total number of positive charges in each compound must equal the total number of negative charges, 

the positive ions must be Fe3+, Cu2+, Ga3+, Cr3+, and Ti3+. These charges are used in the names of the metal ions: 

a. iron(III) sulfide 
b. copper(II) selenide 
c. gallium(III) nitride 
d. chromium(III) chloride 

Write the formulas of the following ionic compounds: 

a. chromium(III) phosphide 
b. mercury(II) sulfide 
c. manganese(II) phosphate 
d. copper(I) oxide 
e. chromium(VI) fluoride 

Answer a available at the end of this section. 

In the early 1990s, legal file clerk Erin Brockovich (Figure ) discovered a high rate of serious illnesses in the small 
town of Hinckley, California. Her investigation eventually linked the illnesses to groundwater contaminated by Cr(VI) used by 
Pacific Gas & Electric (PG&E) to fight corrosion in a nearby natural gas pipeline. As dramatized in the film Erin Brokovich (for 
which Julia Roberts won an Oscar), Erin and lawyer Edward Masry sued PG&E for contaminating the water near Hinckley in 
1993. The settlement they won in 1996—$333 million—was the largest amount ever awarded for a direct-action lawsuit in the 
US at that time. 

Example : Naming Ionic Compounds 

Exercise 

Erin Brokovich and Chromium Contamination 
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Figure : (a) Erin Brockovich found that Cr(VI), used by PG&E, had contaminated the Hinckley, California, water supply. (b) The Cr(VI) 
ion is often present in water as the polyatomic ions chromate,  (left), and dichromate,  (right). 

Chromium compounds are widely used in industry, such as for chrome plating, in dye-making, as preservatives, and to prevent 
corrosion in cooling tower water, as occurred near Hinckley. In the environment, chromium exists primarily in either the 
Cr(III) or Cr(VI) forms. Cr(III), an ingredient of many vitamin and nutritional supplements, forms compounds that are not 
very soluble in water, and it has low toxicity. Cr(VI), on the other hand, is much more toxic and forms compounds that are 
reasonably soluble in water. Exposure to small amounts of Cr(VI) can lead to damage of the respiratory, gastrointestinal, and 
immune systems, as well as the kidneys, liver, blood, and skin. 

Despite cleanup efforts, Cr(VI) groundwater contamination remains a problem in Hinckley and other locations across the 
globe. A 2010 study by the Environmental Working Group found that of 35 US cities tested, 31 had higher levels of Cr(VI) in 
their tap water than the public health goal of 0.02 parts per billion set by the California Environmental Protection Agency. 

Answers 
Exercise 

CrP 

HgS 

Mn3(PO4)2 

Cu2O 

CrF6 

This page titled 4.3.1: Naming Binary Ionic Compounds is shared under a CC BY 4.0 license and was authored, remixed, and/or curated by 
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4.4: Polyatomic and Ternary Ionic Compounds 

• Recognize polyatomic ions in chemical formulas. 
• Write the correct formula for ionic compounds with polyatomic ions. 
• Use the rules for naming ionic compounds with polyatomic ions. 

Polyatomic Ions 

Some ions consist of groups of atoms bonded together and have an overall electric charge. Because these ions contain more 
than one atom, they are called polyatomic ions. Polyatomic ions have characteristic formulas, names, and charges. For example, 

NO3
− is the nitrate ion; it has one nitrogen atom and three oxygen atoms and an overall 1− charge. Table  lists the most 

common polyatomic ions. 

Table  Some Polyatomic Ions 

Name Formula 

ammonium ion NH4
+ 

acetate ion C2H3O2
− (also written CH3CO2

−) 

carbonate ion CO3
2− 

chromate ion CrO4
2− 

dichromate ion Cr2O7
2− 

hydrogen carbonate ion (bicarbonate ion) HCO3
− 

cyanide ion CN− 

hydroxide ion OH− 

nitrate ion NO3
− 

nitrite ion NO2
− 

permanganate ion MnO4
− 

phosphate ion PO4
3− 

hydrogen phosphate ion HPO4
2− 

dihydrogen phosphate ion H2PO4
− 

sulfate ion SO4
2− 

hydrogen sulfate ion (bisulfate ion) HSO4
− 

sulfite ion SO3
2− 

The rule for constructing formulas for ionic compounds containing polyatomic ions is the same as for formulas containing 
monatomic (single-atom) ions: the positive and negative charges must balance. If more than one of a particular polyatomic ion 
is needed to balance the charge, the entire formula for the polyatomic ion must be enclosed in parentheses, and the numerical 
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subscript is placed outside the parentheses. This is to show that the subscript applies to the entire polyatomic ion. An example 
is Ba(NO3)2. 

Writing Formulas for Ionic Compounds Containing Polyatomic Ions 

Writing a formula for ionic compounds containing polyatomic ions also involves the same steps as for a binary ionic compound. 
Write the symbol and charge of the cation followed by the symbol and charge of the anion. 

Write the formula for calcium nitrate. 

Solution 

Example : Steps For Problem Solving, Write the formula for calcium nitrate 

Criss Cross Method Write the formula for calcium nitrate 

1. Write the symbol and charge of the cation (metal) first and the anion 
(nonmetal) second. 

msup      

2. Transpose only the number of the positive charge to become the 
subscript of the anion and the number only of the negative charge to 
become the subscript of the cation. 

The 2+ charge on Ca becomes the subscript of NO3 
and the 1- charge on NO3 becomes the subscript of 

Ca. 

3. Reduce to the lowest ratio. 

4. Write the final formula. Leave out all subscripts that are 1. If there is only 
1 of the polyatomic ion, leave off parentheses. 

Write the chemical formula for an ionic compound composed of the potassium ion and the sulfate ion 

Solution 

Example : Explanation for Writing the Chemical Formula for an Ionic Compound Composed of the Potassium Ion and the 
Sulfate Ion 

Explanation Answer 

Potassium ions have a charge of 1+, while sulfate ions have a charge of 2−. We will need two potassium ions to 
balance the charge on the sulfate ion, so the proper chemical formula is K2SO4. 

Write the chemical formula for an ionic compound composed of each pair of ions. 

a. the magnesium ion and the carbonate ion 
b. the aluminum ion and the acetate ion 

Answer a: available at the end of this section. 

Example : Calcium Nitrate 

Example 

Exercise 
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Naming Ionic Compounds with Polyatomic Ions 

The process of naming ionic compounds with polyatomic ions is the same as naming binary ionic compounds. The cation is 
named first, followed by the anion. One example is the ammonium Sulfate compound in Figure . 

Figure  Naming Ionic Compounds with Polyatomic Ions 

Write the proper name for each ionic compound. 

a. (NH4)2S 
b. AlPO4, 
c. Fe3(PO4)2 

Solution 

Example : Explanation for Naming Ionic Compounds 

Ionic 
Compound 

Explanation Answer 

a. (NH4)2S 
a. The ammonium ion has a 1+ charge and the sulfide ion has a 2− charge. 

Two ammonium ions need to balance the charge on a single sulfide ion. 

The compound’s name is ammonium sulfide. 

ammonium 
sulfide 

b. AlPO4, 

b. The ions have the same magnitude of charge, one of each (ion) is needed to 
balance the charges. 

The name of the compound is aluminum phosphate. 

aluminum 
phosphate 

Example : Naming Ionic Compounds 
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Ionic 
Compound 

Explanation Answer 

c. Fe3(PO4)2 

c. Neither charge is an exact multiple of the other, so we have to go to the least 
common multiple of 6. 

To get 6+, three iron(II) ions are needed, and to get 6−, two phosphate ions are 
needed . 

The compound’s name is iron(II) phosphate. 

iron(II) 
phosphate 

Write the proper name for each ionic compound. 

a. (NH4)3PO4 
b. Co(NO2)3 

Answer a: available at the end of this section. 

Summary 

• Formulas for ionic compounds contain the symbols and number of each atom and/or polyatomic ion present in a compound 
in the lowest whole number ratio. 

• The process of naming ionic compounds with polyatomic ions are the same as binary ionic compounds. 

Contributors and Attributions 
• 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 

Answers 
Exercise 

MgCO3 

Al(CH3COO)3 

Exercise 

ammonium phosphate 

cobalt(III) nitrite 

Exercise 

This page titled 4.4: Polyatomic and Ternary Ionic Compounds is shared under a license and was authored, remixed, and/or curated by 
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4.5: Formula Mass and the Mole Concept 

• Calculate formula masses ionic compounds 
• Define the amount unit mole and the related quantity Avogadro’s number 
• Explain the relation between mass, moles, and numbers of atoms or molecules, and perform calculations deriving these 

quantities from one another 

Formula Mass for Ionic Compounds 

Ionic compounds are composed of discrete cations and anions combined in ratios to yield electrically neutral bulk matter. The 
formula mass for an ionic compound is calculated in the same way as the formula mass for covalent compounds: by summing 
the average atomic masses of all the atoms in the compound’s formula. Keep in mind, however, that the formula for an ionic 
compound does not represent the composition of a discrete molecule, so it may not correctly be referred to as the “molecular 
mass.” 

As an example, consider sodium chloride, NaCl, the chemical name for common table salt. Sodium chloride is an ionic compound 

composed of sodium cations, Na+, and chloride anions, Cl−, combined in a 1:1 ratio. The formula mass for this compound is 
computed as 58.44 amu (Figure ). 

Figure : Table salt, NaCl, contains an array of sodium and chloride ions combined in a 1:1 ratio. Its formula mass is 58.44 amu. 

A table and diagram are shown. The table is made up of six columns and four rows. The header row reads: “Element,” “Quantity,” a blank 
space, “Average atomic mass (a m u),” a blank space and “Subtotal (a m u).” The first column contains the symbols “N a”, “C l,” and a merged 
cell. The merged cell runs the length of the first five columns. The second column contains the numbers “1” and “1” as well as the merged cell. 

The third column contains the multiplication symbol in each cell except for the last, merged cell. The fourth column contains the numbers 
“22.99” and “35.45” as well as the merged cell. The fifth column contains the symbol “=” in each cell except for the last, merged cell. The sixth 
column contains the values “22.99,” “35.45,” and “58.44.” There is a thick black line below the number “35.45.” The merged cell under the first 
five columns reads “Formula mass.” To the left of the table is a diagram of a chemical structure. The diagram shows green and purple spheres 
placed in an alternating pattern, making up the corners of eight stacked cubes to form one larger cube. The green spheres are slightly smaller 

than the purple spheres. 

Note that the average masses of neutral sodium and chlorine atoms were used in this computation, rather than the masses 
for sodium cations and chlorine anions. This approach is perfectly acceptable when computing the formula mass of an ionic 
compound. Even though a sodium cation has a slightly smaller mass than a sodium atom (since it is missing an electron), this 
difference will be offset by the fact that a chloride anion is slightly more massive than a chloride atom (due to the extra electron). 
Moreover, the mass of an electron is negligibly small with respect to the mass of a typical atom. Even when calculating the mass 
of an isolated ion, the missing or additional electrons can generally be ignored, since their contribution to the overall mass is 
negligible, reflected only in the nonsignificant digits that will be lost when the computed mass is properly rounded. The few 
exceptions to this guideline are very light ions derived from elements with precisely known atomic masses. 
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Aluminum sulfate, Al2(SO4)3, is an ionic compound that is used in the manufacture of paper and in various water purification 
processes. What is the formula mass (amu) of this compound? 

Solution 

The formula for this compound indicates it contains Al3+ and SO4
2− ions combined in a 2:3 ratio. For purposes of computing 

a formula mass, it is helpful to rewrite the formula in the simpler format, Al2S3O12. Following the approach outlined above, 
the formula mass for this compound is calculated as follows: 

Calcium phosphate, , is an ionic compound and a common anti-caking agent added to food products. What is the 
formula mass (amu) of calcium phosphate? 

Answer available at the end of this section. 

Answers 
Exercise 

310.18 amu 

Example : Computing Formula Mass for an Ionic Compound 

Exercise 

This page titled 4.5: Formula Mass and the Mole Concept is shared under a CC BY 4.0 license and was authored, remixed, and/or curated by 
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5: CHAPTER 5A - COVALENT BONDING 

5.1: Covalent Bonding- Introduction 

5.2: Covalent (Molecular) Compounds 
5.2.1: Lewis (Electron-Dot) Symbols 

5.3: Covalent Bonds- Shared Electron Pairs 
5.3.1: The Octet Rule 

5.3.2: Electronegativity and Bond Polarity 

5.4: Covalent Compounds - Formulas and Names 

5.5: Lewis Structures 
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5.1: Covalent Bonding- Introduction 

• Define covalent bond. 
• State which classifications of chemicals can successfully combine to form covalent bonds. 

As discussed previously, electrons are most stable when they exist in fully-paired configurations. The noble gases, which are 
found in Group 18, or 8A, on the periodic table, are the only elements that naturally possess octets and, consequently, exist 
independently as monatomic (single-atom) "compounds." The elements that exist in all of the other columns on the periodic 
table cannot naturally achieve an octet configuration, as they do not inherently contain eight valence electrons. As a result, these 
elements are not stable by themselves, and instead must form bonds with other elements, in order to achieve stable valence 
electron configurations. 

The previous sections of this chapter have all related to ionic bonding, which requires an electrostatic attraction between charged 
particles, or ions. Recall that, in order to ionize, or become charged, an atom must gain or lose valence electrons, thereby creating 
an imbalance between the number of positively-charged protons and negatively-charged electrons that it contains. 

However, elements that are classified as metalloids, as well as the non-metals that are found in Group 14, or 4A, on the periodic 
table, are unable to ionize, as discussed in Section 3.5. Instead, these elements achieve stable electron configurations by sharing 
valence electrons with one or more other atoms. The result of this type of interaction is called a covalent, or molecular, bond. 
Specifically, covalent bonds can be formed by combining 

1. two non-metals or 
2. a non-metal and a metalloid. 

Note that all non-metals are able to bond covalently. Therefore, the non-metals in Groups 15 (5A), 16 (6A), and 17 (7A) on the 
periodic table are able to achieve stable electron configurations through both ionic and covalent interactions. 

The remaining sections of this chapter will explain how electrons are shared between atoms and will use two-dimensional 
pictures, called Lewis structures, to visually-represent the resultant covalent bonds. Additionally, the processes for determining 
the chemical formulas and the chemical names of the corresponding covalent molecules will be presented and applied. 

Finally, it is critically-important to note that because ionic and covalent bonds are formed through completely-unrelated 
electronic interactions, namely the transfer and sharing of electrons, respectively, the formula-development and naming 
procedures that will be outlined for covalent molecules will be fundamentally different than the ionic processes that have been 
previously discussed. 
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5.2: Covalent (Molecular) Compounds 

Many compounds do not contain ions but instead consist solely of discrete, neutral molecules. These molecular compounds 
(covalent compounds) result when atoms share, rather than transfer (gain or lose), electrons. Covalent bonding is an important and 
extensive concept in chemistry, and it will be treated in considerable detail in a later chapter of this text. We can often identify 
molecular compounds on the basis of their physical properties. Under normal conditions, molecular compounds often exist as 
gases, low-boiling liquids, and low-melting solids, although many important exceptions exist. 

Whereas ionic compounds are usually formed when a metal and a nonmetal combine, covalent compounds are usually formed by 
a combination of nonmetals. Thus, the periodic table can help us recognize many of the compounds that are covalent. While we 
can use the positions of a compound’s elements in the periodic table to predict whether it is ionic or covalent at this point in our 
study of chemistry, you should be aware that this is a very simplistic approach that does not account for a number of interesting 
exceptions. 

Predict whether the following compounds are ionic or molecular: 

a. KI, the compound used as a source of iodine in table salt 
b. H2O2, the bleach and disinfectant hydrogen peroxide 
c. CHCl3, the anesthetic chloroform 
d. Li2CO3, a source of lithium in antidepressants 

Solution 

a. Potassium (group 1) is a metal, and iodine (group 17) is a nonmetal; KI is predicted to be ionic. 
b. Hydrogen (group 1) is a nonmetal, and oxygen (group 16) is a nonmetal; H2O2 is predicted to be molecular. 
c. Carbon (group 14) is a nonmetal, hydrogen (group 1) is a nonmetal, and chlorine (group 17) is a nonmetal; CHCl3 is 

predicted to be molecular. 
d. Lithium (group 1) is a metal, and carbonate is a polyatomic ion; Li2CO3 is predicted to be ionic. 

Using the periodic table, predict whether the following compounds are ionic or covalent: 

a. SO2 

b. CaF2 

c. N2H4 

d. Al2(SO4)3 

Answer a available at the end of this section. 

Summary 

Metals (particularly those in groups 1 and 2) tend to lose the number of electrons that would leave them with the same number 
of electrons as in the preceding noble gas in the periodic table. By this means, a positively charged ion is formed. Similarly, 
nonmetals (especially those in groups 16 and 17, and, to a lesser extent, those in Group 15) can gain the number of electrons 
needed to provide atoms with the same number of electrons as in the next noble gas in the periodic table. Thus, nonmetals tend 
to form negative ions. Positively charged ions are called cations, and negatively charged ions are called anions. Ions can be either 
monatomic (containing only one atom) or polyatomic (containing more than one atom). 

Example : Predicting the Type of Bonding in Compounds 

Exercise 
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Compounds that contain ions are called ionic compounds. Ionic compounds generally form from metals and nonmetals. 
Compounds that do not contain ions, but instead consist of atoms bonded tightly together in molecules (uncharged groups 
of atoms that behave as a single unit), are called covalent compounds. Covalent compounds usually form from two or more 
nonmetals. 

Glossary 
covalent bond 

attractive force between the nuclei of a molecule’s atoms and pairs of electrons between the atoms 

covalent compound 
(also, molecular compound) composed of molecules formed by atoms of two or more different elements 

ionic bond 
electrostatic forces of attraction between the oppositely charged ions of an ionic compound 

ionic compound 
compound composed of cations and anions combined in ratios, yielding an electrically neutral substance 

molecular compound 
(also, covalent compound) composed of molecules formed by atoms of two or more different elements 

monatomic ion 
ion composed of a single atom 

polyatomic ion 
ion composed of more than one atom 

oxyanion 
polyatomic anion composed of a central atom bonded to oxygen atoms 

Answers 
Exercise 

molecular 

ionic 

molecular 

ionic 
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5.2.1: Lewis (Electron-Dot) Symbols 

• Draw a Lewis electron dot diagram for an atom. 
• Know the importance of Lewis dot in bonding. 

At the beginning of the 20th century, an American physical chemist G. N. Lewis (1875–1946) devised a system of symbols—now 
called Lewis electron dot symbols (often shortened to Lewis dot symbols) that can be used for predicting the number of bonds 
formed by most elements in their compounds. 

Figure  G. N. Lewis and the Octet Rule. (a) Lewis is working in the laboratory. (b) In Lewis’s original sketch for the octet rule, he initially 
placed the electrons at the corners of a cube rather than placing them as we do now. 

• convenient representation of valence electrons 
• allows scientists to keep track of valence electrons during bond formation 
• consists of the atomic symbol for the element plus a dot for each valence electron 

To write an element’s Lewis dot symbol, we place dots representing its valence electrons, one at a time, around the element’s 
chemical symbol. Up to four dots are placed above, below, to the left, and to the right of the symbol (in any order, as long as 
elements with four or fewer valence electrons have no more than one dot in each position). The next dots, for elements with more 
than four valence electrons, are again distributed one at a time, each paired with one of the first four. For example, the element 
sulfur has six valence electrons (note roman numeral above group on the periodic table) and its Lewis symbol would be: 

Learning Objective 

Lewis Dot symbols 
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S two dots above two dots below and 1 dot left and right 

Fluorine, for example, has seven valence electrons, so its Lewis dot symbol is constructed as follows: 

Dot symbols for fluorine 

Lewis eventually published his theory of chemical bonding in 1916. Formation of chemical bonds to complete the requirement of 
eight electrons for the atom becomes a natural tendency. Lewis dot symbols of the first two periods are given here to illustrate 
this point. In fact, the entire group (column) of elements have the same Lewis dot symbols, because they have the same number 
of valence electrons. 

By going through the periodic table, we see that the Lewis electron dot symbols of atoms will never have more than eight dots 
around the atomic symbol see Table . 

Table  Lewis Dot Symbols of the Main Group Elements 

           

\(\ce{ 
\cdot 

\underset{\:}{\overset{\Large{\cdot}}{B}} 
\cdot}\) 

What is the Lewis electron dot diagram for each element? 

a. phosphorus 
b. argon 

Answer a available at the end of this section. 

Summary 

• Lewis electron dot diagrams use dots to represent valence electrons around an atomic symbol. 
• Lewis dot symbols can be used to predict the number of bonds formed by elements in a compound. 

Example : Lewis Dot Diagrams 

Exercise 
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5.3: Covalent Bonds- Shared Electron Pairs 

• Define covalent bond. 
• Illustrate covalent bond formation with Lewis electron dot diagrams. 

Ionic bonding typically occurs when it is easy for one atom to lose one or more electrons and another atom to gain one or more 
electrons. However, some atoms won’t give up or gain electrons easily. Yet they still participate in compound formation. How? 
There is another mechanism for obtaining a complete valence shell: sharing electrons. When electrons are shared between two 
atoms, they make a bond called a covalent bond. 

Chemists frequently use Lewis diagrams to represent covalent bonding in molecular substances. For example, the Lewis diagrams 
of two separate hydrogen atoms are as follows: 

The Lewis diagram of two hydrogen atoms sharing electrons looks like this: 

We can use circles to show that each H atom has two electrons around the nucleus, completely filling each atom’s valence shell: 

Because each H atom has a filled valence shell, this bond is stable, and we have made a diatomic hydrogen molecule. (This 
explains why hydrogen is one of the diatomic elements.) For simplicity’s sake, it is not unusual to represent the covalent bond 
with a dash, instead of with two dots: 

Learning Objectives 
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Because two atoms are sharing one pair of electrons, this covalent bond is called a single bond. As another example, consider 
fluorine. F atoms have seven electrons in their valence shell: 

These two atoms can do the same thing that the H atoms did; they share their unpaired electrons to make a covalent bond. 

Note that each F atom has a complete octet around it now: 

We can also write this using a dash to represent the shared electron pair: 

There are two different types of electrons in the fluorine diatomic molecule. The bonding electron pair makes the covalent bond. 
Each F atom has three other pairs of electrons that do not participate in the bonding; they are called lone pair electrons. Each 
F atom has one bonding pair and three lone pairs of electrons. 
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Covalent bonds can be made between different elements as well. One example is HF. Each atom starts out with an odd number 
of electrons in its valence shell: 

The two atoms can share their unpaired electrons to make a covalent bond: 

In this molecule, the hydrogen atom does not have nonbonding electrons, while the fluorine atom has six nonbonding electrons 
(three lone electron pairs). The circles show how the valence electron shells are filled for both atoms. 

Use Lewis electron dot diagrams to illustrate the covalent bond formation in HBr. 

Solution 

HBr is very similar to HF, except that it has Br instead of F. The atoms are as follows: 

The two atoms can share their unpaired electron: 

Use Lewis electron dot diagrams to illustrate the covalent bond formation in Cl2. 

Answer: available at the end of this section. 

When working with covalent structures, it sometimes looks like you have leftover electrons. You apply the rules you learned so far 
and there are still some electrons hanging out there unattached. You can't just leave them there. So where do you put them? 

Example : 

Exercise 
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Multiple Covalent Bonds 

The sharing of a pair of electrons represents a single covalent bond, usually just referred to as a single bond. However, in many 
molecules atoms attain complete octets by sharing more than one pair of electrons between them: 

• Two electron pairs shared a double bond 

• Three electron pairs shared a triple bond 

Because each nitrogen contains 5 valence electrons, they need to share 3 pairs to each achieve a valence octet. N2 is fairly inert, 
due to the strong triple bond between the two nitrogen atoms. 
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Summary 

• Covalent bonds are formed when atoms share electrons. 
• Lewis electron dot diagrams can be drawn to illustrate covalent bond formation. 
• Double bonds or triple bonds between atoms may be necessary to properly illustrate the bonding in some molecules. 

Contributors and Attributions 
• 

• Anonymous 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 

Answers 
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This page titled 5.3: Covalent Bonds- Shared Electron Pairs is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or 
curated by LibreTexts. 

• 4.6: Covalent Bonds- Shared Electron Pairs is licensed CC BY-NC-SA 4.0. 
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5.3.1: The Octet Rule 

The Octet Rule 

The octet rule refers to the tendency of atoms to prefer to have eight electrons in the valence shell. When atoms have fewer than 
eight electrons, they tend to react and form more stable compounds. Atoms will react to get in the most stable state possible. A 
complete octet is very stable because all orbitals will be full. 

In the formation of covalent bonds, atoms share electrons in order to achieve an octet. 

A stable arrangement is attended when the atom is surrounded by eight electrons. This octet can be made up by own 
electrons and some electrons which are shared. Thus, an atom continues to form bonds until an octet of electrons is made. 
This is known as octet rule by Lewis. 

1. Normally two electrons pairs up and forms a bond, e.g., 
2. For most atoms there will be a maximum of eight electrons in the valence shell (octet structure), e.g., 

Figure 1: Bonding in  and methane ( ) 

The other tendency of atoms is to maintain a neutral charge. Only the noble gases (the elements on the right-most column of 
the periodic table) have zero charge with filled valence octets. All of the other elements have a charge when they have eight 

electrons all to themselves. The result of these two guiding principles is the explanation for much of the reactivity and bonding 
that is observed within atoms: atoms seek to share electrons in a way that minimizes charge while fulfilling an octet in the 

valence shell. 

The noble gases rarely form compounds. They have the most stable configuration (full octet, no charge), so they have no 
reason to react and change their configuration. All other elements attempt to gain, lose, or share electrons to achieve a noble 
gas configuration. 

Octet Rule 
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5.3.2: Electronegativity and Bond Polarity 

• Define electronegativity 
• Determine the polarity of a covalent bond. 

Electronegativity 

The ability of an atom in a molecule to attract shared electrons is called electronegativity. When two atoms combine, the 
difference between their electronegativities is an indication of the type of bond that will form. If the difference between the 
electronegativities of the two atoms is small, neither atom can take the shared electrons completely away from the other atom 
and the bond will be covalent. If the difference between the electronegativities is large, the more electronegative atom will take 
the bonding electrons completely away from the other atom (electron transfer will occur) and the bond will be ionic. This is why 
metals (low electronegativities) bonded with nonmetals (high electronegativities) typically produce ionic compounds. 

A bond may be so polar that an electron actually transfers from one atom to another, forming a true ionic bond. How do we judge 
the degree of polarity? Scientists have devised a scale called electronegativity, a scale for judging how much atoms of any 
element attract electrons. Electronegativity is a unitless number; the higher the number, the more an atom attracts electrons. A 
common scale for electronegativity is shown in Figure . 

Figure  Electronegativities of the Elements. Electronegativities are used to determine the polarity of covalent bonds. 

Bond Polarity 

The polarity of a covalent bond can be judged by determining the difference of the electronegativities of the two atoms involved 
in the covalent bond, as summarized in the following table: 

Table :Electronegativity differences and bond type 

Electronegativity Difference Bond Type 

0 nonpolar covalent 

0–0.4 slightly polar covalent 

Learning Objectives 
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Electronegativity Difference Bond Type 

0.5–2.0 definitely polar covalent 

>2.0 likely ionic 

Nonpolar Covalent Bonds 

A bond in which the electronegativity difference is less than 1.9 is considered to be mostly covalent in character. However, at 
this point we need to distinguish between two general types of covalent bonds. A nonpolar covalent bond is a covalent bond in 
which the bonding electrons are shared equally between the two atoms. In a nonpolar covalent bond, the distribution of electrical 
charge is balanced between the two atoms. 

Figure  A nonpolar covalent bond is one in which the distribution of electron density between the two atoms is equal. 

The two chlorine atoms share the pair of electrons in the single covalent bond equally, and the electron density surrounding 
the  molecule is symmetrical. Also note that molecules in which the electronegativity difference is very small (<0.5) are also 
considered nonpolar covalent. An example would be a bond between chlorine and bromine ( EN    ). 

Polar Covalent Bonds 

A bond in which the electronegativity difference between the atoms is between 0.5 and 2.0 is called a polar covalent bond. A 
polar covalent bond is a covalent bond in which the atoms have an unequal attraction for electrons and so the sharing is unequal. 
In a polar covalent bond, sometimes simply called a polar bond, the distribution of electrons around the molecule is no longer 
symmetrical. 

Figure  In the polar covalent bond of , the electron density is unevenly distributed. There is a higher density (red) near the fluorine 
atom, and a lower density (blue) near the hydrogen atom. 
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An easy way to illustrate the uneven electron distribution in a polar covalent bond is to use the Greek letter delta . 

Figure  Use of  to indicate partial charge. 

The atom with the greater electronegativity acquires a partial negative charge, while the atom with the lesser electronegativity 
acquires a partial positive charge. The delta symbol is used to indicate that the quantity of charge is less than one. A crossed 
arrow can also be used to indicate the direction of greater electron density. 

Figure  Use of crossed arrow to indicate polarity 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Electronegativity differences in bonding using Pauling scale. Using differences in 
electronegativity to classify bonds as covalent, polar covalent, or ionic. 

What is the polarity of each bond? 

a. C–H 
b. O–H 

Solution 

Using Figure , we can calculate the difference of the electronegativities of the atoms involved in the bond. 

a. For the C–H bond, the difference in the electronegativities is 2.5 − 2.1 = 0.4. Thus we predict that this bond will be non 
polar covalent. 

b. For the O–H bond, the difference in electronegativities is 3.5 − 2.1 = 1.4, so we predict that this bond will be definitely 
polar covalent. 

YouTube Video 

Example : Bond Polarity 
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What is the polarity of each bond? 

a. Rb–F 
b. P–Cl 

Answer a available at the end of this section. 

Summary 

• The type of bond (polar covalent,non polar covalent or ionic) between two atoms is determined by the differences in 
electronegativity. 

• For atoms sharing a polar covalent bond, the atom with the greater electronegativity acquires a partial negative charge, while 
the atom with the lesser electronegativity acquires a partial positive charge. 

Contributors and Attributions 
• 

• StackExchange (thomij). 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 

Answers 
Exercise 

likely ionic 

polar covalent 

Exercise 

This page titled 5.3.2: Electronegativity and Bond Polarity is shared under a license and was authored, remixed, and/or curated by LibreTexts. 

• 4.7: Unequal Sharing- Polar Covalent Bonds is licensed CC BY-NC-SA 4.0. 
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5.4: Covalent Compounds - Formulas and Names 

The chemical formulas for covalent compounds are referred to as molecular formulas because these compounds exist as 
separate, discrete molecules. Typically, a molecular formula begins with the nonmetal that is closest to the lower left corner of 
the periodic table, except that hydrogen is almost never written first (H2O is the prominent exception). Then the other nonmetal 
symbols are listed. Numerical subscripts are used if there is more than one of a particular atom. For example, we have already 
seen CH4, the molecular formula for methane. Below is the molecular formula of ammonia, NH3. 

NH3. An arrow points to the N and says, "The lack of a subscript on the N symbol indicates that there is 1 atom of nitrogen in a molecule of 
ammonia". An arrow points to H and says, "The subscript below the H symbol indicates that there are 3 hydrogen atoms in a molecule of 

ammonia". 

NAMING COVALENT COMPOUNDS 

Naming binary (two-element) covalent compounds is similar to naming simple ionic compounds. The first element in the formula 
is simply listed using the name of the element. The second element is named by taking the stem of the element name and 
adding the suffix -ide. A system of numerical prefixes is used to specify the number of atoms in a molecule. Table  lists these 
numerical prefixes. Normally, no prefix is added to the first element’s name if there is only one atom of the first element in a 
molecule. If the second element is oxygen, the trailing vowel is usually omitted from the end of a polysyllabic prefix but not a 
monosyllabic one (that is, we would say “monoxide” rather than “monooxide” and “trioxide” rather than “troxide”). 

Table : Numerical Prefixes for Naming Binary Covalent Compounds 

Number of Atoms in Compound Prefix on the Name of the Element 

1 mono-* 

2 di- 

3 tri- 

4 tetra- 

5 penta- 

6 hexa- 

7 hepta- 

8 octa- 

9 nona- 

10 deca- 

*This prefix is not used for the first element’s name. 

Let us practice by naming the compound whose molecular formula is CCl4. The name begins with the name of the first 
element—carbon. The second element, chlorine, becomes chloride, and we attach the correct numerical prefix (“tetra-”) to 
indicate that the molecule contains four chlorine atoms. Putting these pieces together gives the name carbon tetrachloride for 
this compound. 

191 (5.4.1)



Write the molecular formula for each compound. 

a. chlorine trifluoride 
b. phosphorus pentachloride 
c. sulfur dioxide 
d. dinitrogen pentoxide 

Solution 

If there is no numerical prefix on the first element’s name, we can assume that there is only one atom of that element in a 
molecule. 

a. ClF3 

b. PCl5 

c. SO2 

d. N2O5 (The di- prefix on nitrogen indicates that two nitrogen atoms are present.) 

Write the molecular formula for each compound. 

a. nitrogen dioxide 
b. dioxygen difluoride 
c. sulfur hexafluoride 
d. selenium monoxide 

Answer a: available at the end of this section. 

Because it is so unreactive, sulfur hexafluoride is used as a spark suppressant in electrical devices such as transformers. 

Write the name for each compound. 

a. BrF5 

b. S2F2 

c. CO 

Solution 

a. bromine pentafluoride 
b. disulfur difluoride 
c. carbon monoxide 

Write the name for each compound. 

a. CF4 

Example 

Exercise 

Example 

Exercise 
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b. SeCl2 

c. SO3 

Answer a: available at the end of this section. 

For some simple covalent compounds, we use common names rather than systematic names. We have already encountered these 
compounds, but we list them here explicitly: 

• H2O: water 
• NH3: ammonia 
• CH4: methane 

Key Takeaways 

• The chemical formula of a simple covalent compound can be determined from its name. 
• The name of a simple covalent compound can be determined from its chemical formula. 

Answers 
Exercise 

a. NO2 

O2F2 

SF6 

SeO 

Exercise 

carbon tetrafluoride 

selenium dichloride 

sulfur trioxide 

This page titled 5.4: Covalent Compounds - Formulas and Names is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/
or curated by LibreTexts. 

• 4.2: Covalent Compounds - Formulas and Names by Anonymous is licensed CC BY-NC-SA 3.0. Original source: 
https://2012books.lardbucket.org/books/introduction-to-chemistry-general-organic-and-biological. 
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5.5: Lewis Structures 

• Write Lewis structures for molecules and ions. 
• Know the exceptions to the octet rule. 

A Lewis Structure is a simplified representation of the valence shell electrons in a molecule. It is used to show how the electrons 
are arranged around individual atoms in a molecule. In a Lewis structure, the electrons are represented as "dots" and the bonding 
electrons are represented as a line between the two atoms. 

The following procedure can be used to construct Lewis electron structures for more complex molecules and ions: 

1. Determine the total number of valence electrons in the molecule or ion. 

• Add together the valence electrons from each atom. (Recall that the number of valence electrons is indicated by the 
position of the element in the periodic table.) 

• If the species is a polyatomic ion, remember to add or subtract the number of electrons necessary to give the total 
charge on the ion. 

For CO3
2−, for example, we add two electrons to the total because of the −2 charge. 

2. Arrange the atoms to show specific connections. 

• When there is a central atom, it is usually the least electronegative element in the compound. Chemists usually list this 

central atom first in the chemical formula (as in CCl4 and CO3
2−, which both have C as the central atom), which is another 

clue to the compound’s structure. 
• Hydrogen and the halogens are almost always connected to only one other atom, so they are usually terminal rather than 

central. 

3. Place a bonding pair of electrons between each pair of adjacent atoms to give a single bond. 

• In H2O, for example, there is a bonding pair of electrons between oxygen and each hydrogen. 

4. Beginning with the terminal atoms, add enough electrons to each atom to give each atom an octet (two for 
hydrogen). 

• These electrons will usually be lone pairs. 

5. If any electrons are left over, place them on the central atom. 

• We will explain later that some atoms are able to accommodate more than eight electrons. 

6. If the central atom has fewer electrons than an octet, use lone pairs from terminal atoms to form multiple 
(double or triple) bonds to the central atom to achieve an octet. 

• This will not change the number of electrons on the terminal atoms. 

7. Final check 

• Always make sure all valence electrons are accounted for and each atom has an octet of electrons except for hydrogen 
(with two electrons). 

Learning Objective 

How-to: Constructing Lewis electron structures 
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The central atom is usually the least electronegative element in the molecule or ion; hydrogen and the halogens are usually 
terminal. 

Now let’s apply this procedure to some particular compounds, beginning with one we have already discussed. 

Write the Lewis Structure for H2O. 

Solution 

Example : steps for writing the Lewis structure of water 

Steps for Writing Lewis Structures Example : 

1. Determine the total number of valence electrons in the molecule or 
ion. 

Each H atom (group 1) has 1 valence electron, and 
the O atom (group 16) has 6 valence electrons, for a 
total of 8 valence electrons. 

2. Arrange the atoms to show specific connections. 

H O H 

Because H atoms are almost always terminal, the 
arrangement within the molecule must be HOH. 

3. Place a bonding pair of electrons between each pair of adjacent 
atoms to give a single bond. 

4. Beginning with the terminal atoms, add enough electrons to each 
atom to give each atom an octet (two for hydrogen). 

Placing one bonding pair of electrons between the 
O atom and each H atom gives 

H -O- H 

with 4 electrons left over. 

Each H atom has a full valence shell of 2 electrons. 

5. If any electrons are left over, place them on the central atom. 

Adding the remaining 4 electrons to the oxygen (as 
two lone pairs) gives the following structure: 

6. If the central atom has fewer electrons than an octet, use lone pairs 
from terminal atoms to form multiple (double or triple) bonds to the 
central atom to achieve an octet. 

Not necessary 

7. Final check 
The Lewis structure gives oxygen an octet and each 
hydrogen two electrons, 

Write the Lewis structure for the  molecule 

Example : Water 

Example 
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Solution 

Steps are writing the Lewis structure of the  molecule 

Steps for Writing Lewis Structures Example 

1. Determine the total number of 
valence electrons in the molecule or 
ion. 

Each hydrogen atom (group 1) has one valence electron, carbon (group 14) has 4 
valence electrons, and oxygen (group 16) has 6 valence electrons, for a total of 
[(2)(1) + 4 + 6] = 12 valence electrons. 

2. Arrange the atoms to show specific 
connections. 

Because carbon is less electronegative than oxygen and hydrogen is normally 
terminal, C must be the central atom. 

3. Place a bonding pair of electrons 
between each pair of adjacent atoms 
to give a single bond. 

Placing a bonding pair of electrons between each pair of bonded atoms gives 
the following: 

Six electrons are used, and 6 are left over. 

4. Beginning with the terminal atoms, add enough electrons to each atom to give each atom an octet (two for hydrogen). 

Adding all 6 remaining electrons to oxygen (as three lone pairs) gives the following: 

Although oxygen now has an octet and each hydrogen has 2 electrons, carbon has only 6 electrons. 

5. If any electrons are left over, place them on the central atom. 

Not necessary 

There are no electrons left to place on the central atom. 

6. If the central atom has fewer electrons than an octet, use lone pairs from terminal atoms to form multiple (double or triple) 
bonds to the central atom to achieve an octet. 
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To give carbon an octet of electrons, we use one of the lone pairs of electrons on oxygen to form a carbon–oxygen double bond: 

7. Final check Both the oxygen and the carbon now have an octet of electrons, so this is an acceptable Lewis electron structure. 
The O has two bonding pairs and two lone pairs, and C has four bonding pairs. This is the structure of formaldehyde, which is 
used in embalming fluid. 

Write Lewis electron structures for CO2 and SCl2, a vile-smelling, unstable red liquid that is used in the manufacture of rubber. 

Answer CO2 available at the end of this section. 

The United States Supreme Court has the unenviable task of deciding what the law is. This responsibility can be a major challenge 
when there is no clear principle involved or where there is a new situation not encountered before. Chemistry faces the same 
challenge in extending basic concepts to fit a new situation. Drawing of Lewis structures for polyatomic ions uses the same 
approach, but tweaks the process a little to fit a somewhat different set of circumstances. 

Lewis Structures for Polyatomic Ions 

Recall that a polyatomic ion is a group of atoms that are covalently bonded together and which carry an overall electrical charge. 
The ammonium ion, , is formed when a hydrogen ion  attaches to the lone pair of an ammonia  molecule in a 
coordinate covalent bond. 

Figure : The ammonium ion. 

When drawing the Lewis structure of a polyatomic ion, the charge of the ion is reflected in the number of total valence electrons 
in the structure. In the case of the ammonium ion: 

Exercise 
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  atom   valence electrons 

  atoms     valence electrons 

subtract 1 electron for the  charge of the ion 

total of 8 valence electrons in the ion 

It is customary to put the Lewis structure of a polyatomic ion into a large set of brackets, with the charge of the ion as a 
superscript outside the brackets. 

Draw the Lewis electron dot structure for the sulfate ion. 

Answer available at the end of this section. 

Exceptions to the Octet Rule 

As important and useful as the octet rule is in chemical bonding, there are some well-known violations. This does not mean that 
the octet rule is useless—quite the contrary. As with many rules, there are exceptions, or violations. 

There are three violations to the octet rule. Odd-electron molecules represent the first violation to the octet rule. Although they 
are few, some stable compounds have an odd number of electrons in their valence shells. With an odd number of electrons, at 
least one atom in the molecule will have to violate the octet rule. Examples of stable odd-electron molecules are NO, NO2, and 
ClO2. The Lewis electron dot diagram for NO is as follows: 

Although the O atom has an octet of electrons, the N atom has only seven electrons in its valence shell. Although NO is a stable 
compound, it is very chemically reactive, as are most other odd-electron compounds. 

Electron-deficient molecules represent the second violation to the octet rule. These stable compounds have less than eight 
electrons around an atom in the molecule. The most common examples are the covalent compounds of beryllium and boron. For 
example, beryllium can form two covalent bonds, resulting in only four electrons in its valence shell: 

Boron commonly makes only three covalent bonds, resulting in only six valence electrons around the B atom. A well-known 
example is BF3: 

The third violation to the octet rule is found in those compounds with more than eight electrons assigned to their valence shell. 
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These are called expanded valence shell molecules. Such compounds are formed only by central atoms in the third row of the 
periodic table or beyond that have empty d orbitals in their valence shells that can participate in covalent bonding. One such 
compound is PF5. The only reasonable Lewis electron dot diagram for this compound has the P atom making five covalent bonds: 

Formally, the P atom has 10 electrons in its valence shell. 

Identify each violation to the octet rule by drawing a Lewis electron dot diagram. 

a. ClO 
b. SF6 

Solution 

a. With one Cl atom and one O atom, this molecule has 6 + 7 = 13 valence electrons, so it is an odd-electron molecule. A 
Lewis electron dot diagram for this molecule is as follows: 

b. In SF6, the central S atom makes six covalent bonds to the six surrounding F atoms, so it is an expanded valence shell molecule. 
Its Lewis electron dot diagram is as follows: 

Example : Octet Violations 
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Identify the violation to the octet rule in XeF2 by drawing a Lewis electron dot diagram. 

Answer: available at the end of this section. 

The Xe atom has an expanded valence shell with more than eight electrons around it. 

Summary 

• Lewis dot symbols (Lewis structures) provide a simple rationalization of why elements form compounds with the observed 
stoichiometries. 

• In Lewis electron structures, we encounter bonding pairs, which are shared by two atoms, and lone pairs, which are not 
shared between atoms. 

• Lewis structures for polyatomic ions follow the same rules as those for other covalent compounds. 
• There are three violations to the octet rule: odd-electron molecules, electron-deficient molecules, and expanded valence shell 

molecules 
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6: CHAPTER 5B - INTERMOLECULAR FORCES AND MOLECULAR 
MODELS 

6.1: The VSEPR Model 

6.2: Molecular Polarity 

6.3: Intermolecular Forces 
6.3.1: Dipole-Dipole and Dispersion Forces 

6.3.2: Hydrogen Bonding 
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6.1: The VSEPR Model 

• To use the VSEPR model to predict molecular geometries. 
• To predict whether a molecule has a dipole moment. 

The Lewis electron-pair approach can be used to predict the number and types of bonds between the atoms in a substance, and it 
indicates which atoms have lone pairs of electrons. This approach gives no information about the actual arrangement of atoms in 
space, however. We continue our discussion of structure and bonding by introducing the valence-shell electron-pair repulsion 
(VSEPR) model (pronounced “vesper”), which can be used to predict the shapes of many molecules and polyatomic ions. Keep 
in mind, however, that the VSEPR model, like any model, is a limited representation of reality; the model provides no information 
about bond lengths or the presence of multiple bonds. 

The VSEPR Model 

The VSEPR model can predict the structure of nearly any molecule or polyatomic ion in which the central atom is a nonmetal, 
as well as the structures of many molecules and polyatomic ions with a central metal atom. The premise of the VSEPR theory is 
that electron pairs located in bonds and lone pairs repel each other and will therefore adopt the geometry that places electron 
pairs as far apart from each other as possible. This theory is very simplistic and does not account for the subtleties of orbital 
interactions that influence molecular shapes; however, the simple VSEPR counting procedure accurately predicts the three-
dimensional structures of a large number of compounds, which cannot be predicted using the Lewis electron-pair approach. 

Figure : Common Structures for Molecules and Polyatomic Ions That Consist of a Central Atom Bonded to Two or Three Other Atoms. (CC 
BY-NC-SA; anonymous) 

We can use the VSEPR model to predict the geometry of most polyatomic molecules and ions by focusing only on the number of 
electron pairs around the central atom, ignoring all other valence electrons present. According to this model, valence electrons 
in the Lewis structure form groups, which may consist of a single bond, a double bond, a triple bond, a lone pair of electrons, 
or even a single unpaired electron, which in the VSEPR model is counted as a lone pair. Because electrons repel each other 
electrostatically, the most stable arrangement of electron groups (i.e., the one with the lowest energy) is the one that minimizes 
repulsions. Groups are positioned around the central atom in a way that produces the molecular structure with the lowest energy, 
as illustrated in Figures  and . 
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Figure : Electron Geometries for Species with Two to Six Electron Groups. Groups are placed around the central atom in a way that 
produces a molecular structure with the lowest energy, that is, the one that minimizes repulsions. (CC BY-NC-SA; anonymous) 

In the VSEPR model, the molecule or polyatomic ion is given an AXmEn designation, where A is the central atom, X is a bonded 
atom, E is a nonbonding valence electron group (usually a lone pair of electrons), and m and n are integers. Each group around 
the central atom is designated as a bonding pair (BP) or lone (nonbonding) pair (LP). From the BP and LP interactions we can 
predict both the relative positions of the atoms and the angles between the bonds, called the bond angles. Using this information, 
we can describe the molecular geometry, the arrangement of the bonded atoms in a molecule or polyatomic ion. 

This VESPR procedure is summarized as follows: 

1. Draw the Lewis electron structure of the molecule or polyatomic ion. 
2. Determine the electron group arrangement around the central atom that minimizes repulsions. 
3. Assign an AXmEn designation; then identify the LP–LP, LP–BP, or BP–BP interactions and predict deviations from ideal 

bond angles. 
4. Describe the molecular geometry. 

We will illustrate the use of this procedure with several examples, beginning with atoms with two electron groups. In our 
discussion we will refer to Figure  and Figure , which summarize the common molecular geometries and idealized bond 
angles of molecules and ions with two to six electron groups. 

VESPR Produce to predict Molecular geometry 
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Figure : Common Molecular Geometries for Species with Two to Six Electron Groups. Lone pairs are shown using a dashed line. (CC BY-
NC-SA; anonymous) 

Linear, bent, trigonal planar, trigonal pyramidal, square planar, tetrahedral, trigonal bipyramidal, octahedral. 

Two Electron Groups 

Our first example is a molecule with two bonded atoms and no lone pairs of electrons, . 

1. The central atom, beryllium, contributes two valence electrons, and each hydrogen atom contributes one. The Lewis electron 
structure is 

Figure  that the arrangement that minimizes repulsions places the groups 180° apart. (CC BY-NC-SA; anonymous) 

3. Both groups around the central atom are bonding pairs (BP). Thus BeH2 is designated as AX2. 

4. From Figure  we see that with two bonding pairs, the molecular geometry that minimizes repulsions in BeH2 is linear. 

1. The central atom, carbon, contributes four valence electrons, and each oxygen atom contributes six. The Lewis electron 
structure is 

2. The carbon atom forms two double bonds. Each double bond is a group, so there are two electron groups around the 
central atom. Like BeH2, the arrangement that minimizes repulsions places the groups 180° apart. 

AX2 Molecules: BeH2 

AX2 Molecules: CO2 
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3. Once again, both groups around the central atom are bonding pairs (BP), so CO2 is designated as AX2. 

4. VSEPR only recognizes groups around the central atom. Thus the lone pairs on the oxygen atoms do not influence the 
molecular geometry. With two bonding pairs on the central atom and no lone pairs, the molecular geometry of CO2 is linear 
(Figure ). The structure of  is shown in Figure . 

Three Electron Groups 

1. The central atom, boron, contributes three valence electrons, and each chlorine atom contributes seven valence electrons. 
The Lewis electron structure is 

Figure ): (CC BY-NC-SA; anonymous) 

3. All electron groups are bonding pairs (BP), so the structure is designated as AX3. 

4. From Figure  we see that with three bonding pairs around the central atom, the molecular geometry of BCl3 is trigonal 
planar, as shown in Figure . 

1. The central atom, carbon, has four valence electrons, and each oxygen atom has six valence electrons. As you learned 
previously, the Lewis electron structure of one of three resonance forms is represented as 

Figure ). 

The three oxygens are arranged in a triangular shape with carbon at the center. Two of the oxygens have three lone pairs. One ocht 
oxygens has 2 lone pairs and is double bonded to the carbon. The molecule has a minus 2 charge. 

3. All electron groups are bonding pairs (BP). With three bonding groups around the central atom, the structure is designated 
as AX3. 

4. We see from Figure  that the molecular geometry of CO3
2− is trigonal planar with bond angles of 120°. 

AX3 Molecules: BCl3 

AX3 Molecules: CO3
2− 
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In our next example we encounter the effects of lone pairs and multiple bonds on molecular geometry for the first time. 

1. The central atom, sulfur, has 6 valence electrons, as does each oxygen atom. With 18 valence electrons, the Lewis electron 
structure is shown below. 

Figure ): (CC BY-NC-SA; anonymous) 

The two oxygens are double bonded to the sulfur. The oxygens have 2 lone pairs while sulfur had one lone pair. 

3. There are two bonding pairs and one lone pair, so the structure is designated as AX2E. This designation has a total of three 
electron pairs, two X and one E. Because a lone pair is not shared by two nuclei, it occupies more space near the central atom 
than a bonding pair (Figure ). Thus bonding pairs and lone pairs repel each other electrostatically in the order BP–BP < 
LP–BP < LP–LP. In SO2, we have one BP–BP interaction and two LP–BP interactions. 

4. The molecular geometry is described only by the positions of the nuclei, not by the positions of the lone pairs. Thus with 
two nuclei and one lone pair the shape is bent, or V shaped, which can be viewed as a trigonal planar arrangement with a 
missing vertex (Figures  and ). The O-S-O bond angle is expected to be less than 120° because of the extra space 
taken up by the lone pair. 

AX2E Molecules: SO2 
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Figure : The Difference in the Space Occupied by a Lone Pair of Electrons and by a Bonding Pair. (CC BY-NC-SA; anonymous) 

As with SO2, this composite model of electron distribution and negative electrostatic potential in ammonia shows that a lone 
pair of electrons occupies a larger region of space around the nitrogen atom than does a bonding pair of electrons that is 
shared with a hydrogen atom. 

Like lone pairs of electrons, multiple bonds occupy more space around the central atom than a single bond, which can cause 
other bond angles to be somewhat smaller than expected. This is because a multiple bond has a higher electron density than a 
single bond, so its electrons occupy more space than those of a single bond. For example, in a molecule such as CH2O (AX3), 
whose structure is shown below, the double bond repels the single bonds more strongly than the single bonds repel each other. 
This causes a deviation from ideal geometry (an H–C–H bond angle of 116.5° rather than 120°). 

Four Electron Groups 

One of the limitations of Lewis structures is that they depict molecules and ions in only two dimensions. With four electron groups, 
we must learn to show molecules and ions in three dimensions. 

1. The central atom, carbon, contributes four valence electrons, and each hydrogen atom has one valence electron, so the full 
Lewis electron structure is 

AX4 Molecules: CH4 
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2. There are four electron groups around the central atom. As shown in Figure , repulsions are minimized by placing the 
groups in the corners of a tetrahedron with bond angles of 109.5°. 

3. All electron groups are bonding pairs, so the structure is designated as AX4. 

4. With four bonding pairs, the molecular geometry of methane is tetrahedral (Figure ). 

1. In ammonia, the central atom, nitrogen, has five valence electrons and each hydrogen donates one valence electron, 
producing the Lewis electron structure 

2. There are four electron groups around nitrogen, three bonding pairs and one lone pair. Repulsions are minimized by 
directing each hydrogen atom and the lone pair to the corners of a tetrahedron. 

3. With three bonding pairs and one lone pair, the structure is designated as AX3E. This designation has a total of four 
electron pairs, three X and one E. We expect the LP–BP interactions to cause the bonding pair angles to deviate significantly 
from the angles of a perfect tetrahedron. 

AX3E Molecules: NH3 
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4. There are three nuclei and one lone pair, so the molecular geometry is trigonal pyramidal. In essence, this is a tetrahedron 
with a vertex missing (Figure ). However, the H–N–H bond angles are less than the ideal angle of 109.5° because of 
LP–BP repulsions (Figure  and Figure ). 

1. Oxygen has six valence electrons and each hydrogen has one valence electron, producing the Lewis electron structure 

Figure : (CC BY-NC-SA; anonymous) 

3. With two bonding pairs and two lone pairs, the structure is designated as AX2E2 with a total of four electron pairs. Due to 
LP–LP, LP–BP, and BP–BP interactions, we expect a significant deviation from idealized tetrahedral angles. 

4. With two hydrogen atoms and two lone pairs of electrons, the structure has significant lone pair interactions. There are two 
nuclei about the central atom, so the molecular shape is bent, or V shaped, with an H–O–H angle that is even less than the 
H–N–H angles in NH3, as we would expect because of the presence of two lone pairs of electrons on the central atom rather 
than one. This molecular shape is essentially a tetrahedron with two missing vertices. 

AX2E2 Molecules: H2O 

This page titled 6.1: The VSEPR Model is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts. 
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6.2: Molecular Polarity 

• To predict whether a molecule is polar or non-polar 

Introduction to Molecular Polarity 

You have already seen that covalent bonds are polar when they link two different atoms. In a polar bond, one atom is positively 
charged and the other is negatively charged. A molecule (or polyatomic ion) is polar when one side of the molecule is more 
positive (or more negative) than the other.  This occurs when the polarities of the bonds do not cancel out. 

For example in CO2, each carbon-oxygen bond is polar, but CO2 is a nonpolar molecule. The molecule is linear, so the two bonds 
point in opposite directions. They are equally polar, so their effects cancel out. The two sides of the molecule are identical; neither 
one is more negative than the other. 

On the other hand, OCS is a polar molecule. This molecule is also linear, but the C=O and C=S bonds are not equally polar, 
because O is more electronegative than S.  In this molecule, the oxygen side is more negative than the sulfur side. 

Water is also polar, but for a different reason.  In this case, the two bonds are equally polar, but they do not cancel each other out, 
because they do not point in opposite directions.  Water is a bent molecule, so the O–H bonds are roughly 109.5˚ apart (actually 
about 105˚).  In the drawing below, the left side of the molecule is positively charged and the right side is negatively charged. 

As a general rule, molecules that are distorted are also polar. The only exceptions are linear molecules in which the outer atoms 
are dissimilar; these molecules are not distorted, but they are polar. OCS (above) is an example. 

Polar Molecules Have a Net Dipole Moment 

Molecular polarity can be described more formerly in terms of the summation of bond dipole moments. In complex molecules 
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with polar covalent bonds, the three-dimensional geometry and the compound’s symmetry determine whether there is a net dipole 
moment. Mathematically, dipole moments are vectors; they possess both a magnitude and a direction. The dipole moment of 
a molecule is therefore the vector sum of the dipole moments of the individual bonds in the molecule. If the individual bond 
dipole moments cancel one another, there is no net dipole moment. Such is the case for CO2, a linear molecule (Figure 
). Each C–O bond in CO2 is polar, yet experiments show that the CO2 molecule has no dipole moment. Because the two C–O 
bond dipoles in CO2 are equal in magnitude and oriented at 180° to each other, they cancel. As a result, the CO2 molecule has 
no net dipole moment even though it has a substantial separation of charge. In contrast, the H2O molecule is not linear (Figure 

); it is bent in three-dimensional space, so the dipole moments do not cancel each other. Thus a molecule such as H2O 
has a net dipole moment. We expect the concentration of negative charge to be on the oxygen, the more electronegative atom, 
and positive charge on the two hydrogens. This charge polarization allows H2O to hydrogen-bond to other polarized or charged 
species, including other water molecules. 

Figure : How Individual Bond Dipole Moments Are Added Together to Give an Overall Molecular Dipole Moment for Two Triatomic 
Molecules with Different Structures. (a) In CO2, the C–O bond dipoles are equal in magnitude but oriented in opposite directions (at 180°). 
Their vector sum is zero, so CO2 therefore has no net dipole. (b) In H2O, the O–H bond dipoles are also equal in magnitude, but they are 

oriented at 104.5° to each other. Hence the vector sum is not zero, and H2O has a net dipole moment. 

Other examples of molecules with polar bonds are shown in Figure . In molecular geometries that are highly symmetrical 
(most notably tetrahedral and square planar, trigonal bipyramidal, and octahedral), individual bond dipole moments completely 
cancel, and there is no net dipole moment. Although a molecule like CHCl3 is best described as tetrahedral, the atoms bonded 
to carbon are not identical. Consequently, the bond dipole moments cannot cancel one another, and the molecule has a dipole 
moment. Due to the arrangement of the bonds in molecules that have V-shaped, trigonal pyramidal, seesaw, T-shaped, and square 
pyramidal geometries, the bond dipole moments cannot cancel one another. Consequently, molecules with these geometries 
always have a nonzero dipole moment. 

Figure : Molecules with Polar Bonds. Individual bond dipole moments are indicated in red. Due to their different three-dimensional 
structures, some molecules with polar bonds have a net dipole moment (HCl, CH2O, NH3, and CHCl3), indicated in blue, whereas others do not 

because the bond dipole moments cancel (BCl3, CCl4, PF5, and SF6). 

Molecules with asymmetrical charge distributions have a net dipole moment. 

Which molecule(s) has a net dipole moment? 

Example 
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a. 
b. 
c. 

Given: three chemical compounds 

Asked for: net dipole moment 

Strategy: 

For each three-dimensional molecular geometry, predict whether the bond dipoles cancel. If they do not, then the molecule 
has a net dipole moment. 

Solution: 

1. The total number of electrons around the central atom, S, is eight, which gives four electron pairs. Two of these electron 
pairs are bonding pairs and two are lone pairs, so the molecular geometry of  is bent (Figure ). The bond dipoles 
cannot cancel one another, so the molecule has a net dipole moment. 

2. Difluoroamine has a trigonal pyramidal molecular geometry. Because there is one hydrogen and two fluorines, and 
because of the lone pair of electrons on nitrogen, the molecule is not symmetrical, and the bond dipoles of NHF2 cannot 
cancel one another. This means that NHF2 has a net dipole moment. We expect polarization from the two fluorine atoms, 
the most electronegative atoms in the periodic table, to have a greater affect on the net dipole moment than polarization 
from the lone pair of electrons on nitrogen. 

3. The molecular geometry of BF3 is trigonal planar. Because all the B–F bonds are equal and the molecule is highly 
symmetrical, the dipoles cancel one another in three-dimensional space. Thus BF3 has a net dipole moment of zero: 
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Which molecule(s) has a net dipole moment? 

• 
• 
• 

Answer available at the end of this section. 

Summary 

Molecules with polar covalent bonds can have a dipole moment, an asymmetrical distribution of charge that results in a tendency 
for molecules to align themselves in an applied electric field. Any diatomic molecule with a polar covalent bond has a dipole 
moment, but in polyatomic molecules, the presence or absence of a net dipole moment depends on the structure. For some highly 
symmetrical structures, the individual bond dipole moments cancel one another, giving a dipole moment of zero. 

Answers 
Exercise 

 and 
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6.3: Intermolecular Forces 

• Describe the types of intermolecular forces possible between atoms or molecules in condensed phases (dispersion 
forces, dipole-dipole attractions, and hydrogen bonding) 

Forces between Molecules 

Intramolecular forces are those within the molecule that keep the molecule together, for example, the bonds between the atoms. 
However, there are also forces of attraction that can occur between molecules. Intermolecular forces (IMFs) are the attractions 
between molecules, which determine many of the physical properties of a substance. Figure  illustrates these different 
molecular forces. The strengths of these attractive forces vary widely, though usually the IMFs between small molecules are weak 
compared to the intramolecular forces that bond atoms together within a molecule. 

Figure : Intramolecular forces keep a molecule intact. Intermolecular forces hold multiple molecules together and determine many of a 
substance’s properties. 

An image is shown in which two molecules composed of a green sphere labeled “C l” connected on the right to a white sphere labeled “H” are 
near one another with a dotted line labeled “Intermolecular force ( weak )” drawn between them. A line connects the two spheres in each 

molecule and the line is labeled “Intramolecular force ( strong ).” 
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6.3.1: Dipole-Dipole and Dispersion Forces 

Dipole-Dipole Forces 

Dipole-dipole forces are the attractive forces that occur between polar molecules. A molecule of hydrogen chloride has a 
partially positive hydrogen atom and a partially negative chlorine atom. In a collection of many hydrogen chloride molecules, the 
molecules will align themselves so that the oppositely charged regions of neighboring molecules are near each other. 

Figure : Dipole-dipole forces are a result of the attraction of the positive end of one dipole to the negative end of a neighboring dipole. 
(Credit: Joy Sheng; Source: CK-12 Foundation; License: CC BY-NC 3.0(opens in new window)) 

Dipole-dipole forces are similar in nature to ionic bonds, but much weaker. 

London Dispersion Forces 

Dispersion forces are the weakest of all intermolecular forces. They are often called London dispersion forces after Fritz London 
(1900-1954), who first proposed their existence in 1930. London dispersion forces are the intermolecular forces that occur 
between atoms, and between nonpolar molecules as a result of the motion of electrons. 

The electron cloud of a helium atom contains two electrons, which can normally be expected to be equally distributed spatially 
around the nucleus. However, at any given moment the electron distribution may be uneven, resulting in an instantaneous dipole. 
This weak and temporary dipole subsequently influences neighboring helium atoms through electrostatic attraction and repulsion. 
It induces a dipole on nearby helium atoms (see figure below). 

Figure : A short-lived or instantaneous dipole in a helium atom. (Credit: Zachary Wilson; Source: CK-12 Foundation; License: CC BY-NC 
3.0(opens in new window)) 
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Summary 

• Van der Waals forces are weak interactions between molecules that involve dipoles. 
• Polar molecules have permanent dipole-dipole interactions. 
• Nonpolar molecules can interact by way of London dispersion forces. 

Review 

1. What attractive forces develop between polar molecules? 
2. What creates London dispersion forces? 
3. Are London dispersion forces permanent or temporary? 
4. Are the dispersion forces for Cl2 stronger or weaker than the ones for Br2? 

This page titled 6.3.1: Dipole-Dipole and Dispersion Forces is shared under a CK-12 license and was authored, remixed, and/or curated by 
LibreTexts. 
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6.3.2: Hydrogen Bonding 

Hydrogen Bonding 

The attractive force between water molecules is a dipole interaction. The hydrogen atoms are bound to the highly electronegative 
oxygen atom (which also possesses two lone pair sets of electrons, making for a very polar bond). The partially positive hydrogen 
atom of one molecule is then attracted to the oxygen atom of a nearby water molecule (see figure below). 

Figure : A hydrogen bond in water occurs between the hydrogen atom of one water molecule and the lone pair of electrons on an oxygen 
atom of a neighboring water molecule. (Credit: Ben Mills (Wikimedia: Benjah-bmm27); Source: http://commons.wikimedia.org/wiki/

File:Hydrogen-bonding-in-water-2D.png(opens in new window); License: Public Domain) 

A hydrogen bond is an intermolecular attractive force in which a hydrogen atom that is covalently bonded to a small, highly 
electronegative atom is attracted to a lone pair of electrons on an atom in a neighboring molecule. Hydrogen bonds are very 
strong compared to other dipole interactions. The strength of a typical hydrogen bond is about  of that of a covalent bond. 

Hydrogen bonding occurs only in molecules where hydrogen is covalently bonded to one of three elements: fluorine, oxygen, or 
nitrogen. These three elements are so electronegative that they withdraw the majority of the electron density in the covalent bond 
with hydrogen, leaving the  atom very electron-deficient. The  atom nearly acts as a bare proton, leaving it very attracted to 
lone pair electrons on a nearby atom. 

The hydrogen bonding that occurs in water leads to some unusual, but very important, properties. Most molecular compounds 
that have a mass similar to water are gases at room temperature. Because of the strong hydrogen bonds, water molecules are 
able to stay condensed in the liquid state. The figure below shows how the bent shape, and two hydrogen atoms per molecule, 
allows each water molecule to be able to hydrogen bond to two other molecules. 
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Figure : Multiple hydrogen bonds occur simultaneously in water because of its bent shape and the presence of two hydrogen atoms per 
molecule. (Credit: Laura Guerin; Source: CK-12 Foundation; License: CC BY-NC 3.0(opens in new window)) 

In the liquid state, the hydrogen bonds of water can break and reform as the molecules flow from one place to another. When 
water is cooled, the molecules begin to slow down. Eventually, when water is frozen to ice, the hydrogen bonds become permanent 
and form a very specific network (see figure below). 

Figure : When water freezes to ice, the hydrogen bonding network becomes permanent. Each oxygen atom has an approximately 
tetrahedral geometry—two covalent bonds and two hydrogen bonds. (Credit: User:Materialscientist/Wikimedia Commons; Source: 

http://commons.wikimedia.org/wiki/File:Hex_ice.GIF(opens in new window); License: Public Domain) 

The bent shape of the molecules leads to gaps in the hydrogen bonding network of ice. Ice has a very unusual property—its solid 
state is less dense than its liquid state. Ice floats in water. Virtually all other substances are denser in the solid state than in the 
liquid state. Hydrogen bonds play a very important biological role in the physical structures of proteins and nucleic acids. 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this Interactive Content online 

Interactive Content 
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Why does water form droplets? Hint: it has to do with the attraction between water molecules. Learn more (and see how many 
drops of water you can get a penny can hold) in this simulation. 

Summary 

• Hydrogen bonds form when a  attached to a , , or  atom interacts with another , , or  atom. 

Review 

1. How strong is a hydrogen bond? 
2. What happens when H is covalently bonded to N, O, or F? 
3. How does the shape of the water molecule affect the properties of ice? 

Simulation 

This page titled 6.3.2: Hydrogen Bonding is shared under a CK-12 license and was authored, remixed, and/or curated by LibreTexts. 

• 9.19: Hydrogen Bonding by CK12 is licensed CK-12. Original source: https://flexbooks.ck12.org/cbook/ck-12-chemistry-flexbook-2.0/. 
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7: CHAPTER 6 - CHEMICAL REACTIONS AND STOICHIOMETRY 

7.1: Prelude to Chemical Reactions 
7.1.1: Reactants, products, states of matter and the Chemical Equation 

7.1.2: Balancing of Chemical Equations 

7.2: Types of Chemical Reactions 
7.2.1: Combination Reactions 

7.2.2: Decomposition Reactions 

7.2.3: Combustion Reactions 

7.2.4: Single Replacement Reactions 

7.2.5: Double Replacement Reactions 

7.2.6: Oxidation–Reduction Reactions 

7.3: Stoichiometry 
7.3.1: Molar interpretation of balanced Chemical Reactions 

7.3.2: Mole-Mass and Mass-Mass Calculations 

7.3.3: Yields 

7.3.4: Limiting Reagents 

This page titled 7: Chapter 6 - Chemical Reactions and Stoichiometry is shared under a license and was authored, remixed, and/or curated by 
LibreTexts. 
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7.1: Prelude to Chemical Reactions 

The space shuttle—and any other rocket-based system—uses chemical reactions to propel itself into space and maneuver itself 
when it gets into orbit. The rockets that lift the orbiter are of two different types. The three main engines are powered by reacting 
liquid hydrogen with liquid oxygen to generate water. Then there are the two solid rocket boosters, which use a solid fuel mixture 
that contains mainly ammonium perchlorate and powdered aluminum. The chemical reaction between these substances produces 
aluminum oxide, water, nitrogen gas, and hydrogen chloride. Although the solid rocket boosters each have a significantly lower 
mass than the liquid oxygen and liquid hydrogen tanks, they provide over 80% of the lift needed to put the shuttle into orbit—all 
because of chemical reactions. 

Figure  The Space Shuttle. (Public Domain; NASA). 

This page titled 7.1: Prelude to Chemical Reactions is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by 
LibreTexts. 

• 4.1: Prelude to Chemical Reactions by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/
beginning-chemistry. 
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7.1.1: Reactants, products, states of matter and the Chemical 
Equation 

• Define chemical equation. 
• Identify the parts of a chemical equation. 

A chemical reaction expresses a chemical change. For example, one chemical property of hydrogen is that it will react with oxygen 
to make water. We can write that as follows: 

We can represent this chemical change more succinctly as: 

where the + sign means that the two substances interact chemically with each other and the → symbol implies that a chemical 
reaction takes place. But substances can also be represented by chemical formulas. Remembering that hydrogen and oxygen 
both exist as diatomic molecules, we can rewrite our chemical change as: 

This is an example of a chemical equation, which is a concise way of representing a chemical reaction. The initial substances 
are called reactants and the final substances are called products. 

Unfortunately, it is also an incomplete chemical equation. The law of conservation of matter says that matter cannot be created 
or destroyed. In chemical equations, the number of atoms of each element in the reactants must be the same as the number of 
atoms of each element in the products. If we count the number of hydrogen atoms in the reactants and products, we find two 
hydrogen atoms. But if we count the number of oxygen atoms in the reactants and products, we find that there are two oxygen 
atoms in the reactants, but only one oxygen atom in the products. 

What can we do? Can we change the subscripts in the formula for water so that it has two oxygen atoms in it? No—you cannot 
change the formulas of individual substances, because the chemical formula for a given substance is characteristic of that 
substance. What you can do, however, is to change the number of molecules that react or are produced. We do this one element 
at a time, going from one side of the reaction to the other, changing the number of molecules of a substance until all elements 
have the same number of atoms on each side. 

To accommodate the two oxygen atoms as reactants, let us assume that we have two water molecules as products: 

The 2 in front of the formula for water is called a coefficient. Now there are the same number of oxygen atoms in the reactants 
as there are in the product. But in satisfying the need for the same number of oxygen atoms on both sides of the reaction, we 
have also changed the number of hydrogen atoms on the product side, so the number of hydrogen atoms is no longer equal. No 
problem, simply go back to the reactant side of the equation, and add a coefficient in front of the H2. The coefficient that works 
is 2: 

There are now four hydrogen atoms in the reactants and also four atoms of hydrogen in the product. There are two oxygen 
atoms in the reactants and two atoms of oxygen in the product. The law of conservation of matter has been satisfied. When the 
reactants and products of a chemical equation have the same number of atoms of all elements present, we say that an equation 
is balanced. All proper chemical equations are balanced. If a substance does not have a coefficient written in front of it, it is 
assumed to be 1. Also, the convention is to use all whole numbers when balancing chemical equations. This sometimes makes us 

Learning Objectives 
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do a bit more "back and forth" work when balancing a chemical equation. 

Write and balance the chemical equation for each given chemical reaction. 

1. Hydrogen and chlorine react to make 
2. Ethane, , reacts with oxygen to make carbon dioxide and water. 

Solution 

1. Let us start by simply writing a chemical equation in terms of the formulas of the substances, remembering that both 
elemental hydrogen and chlorine are diatomic: 

There are two hydrogen atoms and two chlorine atoms in the reactants and one of each atom in the product. We can fix 
this by including the coefficient 2 on the product side: 

Now there are two hydrogen atoms and two chlorine atoms on both sides of the chemical equation, so it is balanced. 

2. Start by writing the chemical equation in terms of the substances involved: 

We have two carbon atoms on the left, so we need two carbon dioxide molecules on the product side, so that each side 
has two carbon atoms; that element is balanced. We have six hydrogen atoms in the reactants, so we need six hydrogen 
atoms in the products. We can get this by having three water molecules: 

Now we have seven oxygen atoms in the products (four from the CO2 and three from the H2O). This means we need 
seven oxygen atoms in the reactants. However, because oxygen is a diatomic molecule, we can only get an even number 
of oxygen atoms at a time. We can achieve this by multiplying the other coefficients by 2: 

By multiplying everything else by 2, we do not unbalance the other elements, and we now get an even number of oxygen 
atoms in the product—14. We can get 14 oxygen atoms on the reactant side by having 7 oxygen molecules: 

As a check, recount everything to determine that each side has the same number of atoms of each element. This 
chemical equation is now balanced. 

Write and balance the chemical equation that represents nitrogen and hydrogen reacting to produce ammonia, NH3. 

Answer available at the end of this section. 

Many chemical equations also include phase labels for the substances: (s) for solid, (ℓ) for liquid, (g) for gas, and (aq) for aqueous 
(i.e., dissolved in water). Special conditions, such as temperature, may also be listed above the arrow. For example, 

Example 

Exercise 
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Key Takeaways 

• A chemical equation is a concise description of a chemical reaction. 
• Proper chemical equations are balanced. 

Answers 
Exercise 

\[\ce{N2 + 3H2 → 2NH3 \nonumber \nonumber \] 

This page titled 7.1.1: Reactants, products, states of matter and the Chemical Equation is shared under a CC BY-NC-SA 3.0 license and was 
authored, remixed, and/or curated by LibreTexts. 

• 4.2: The Chemical Equation by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/
beginning-chemistry. 
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7.1.2: Balancing of Chemical Equations 

Shrimp gumbo is one of many dishes that are part of the Cajun culture in Louisiana. It's a spicy dish that needs careful control 
of all the ingredients so that it has a "kick", but is not overwhelming. Recipes convey not only what the preparation entails, but 
also describe how much of each ingredient is needed, and the details of how to cook the meal. Similarly, we need this type of 
information in order to carry out chemical reactions successfully and safely. 

Chemical Equations 

Word equations are time-consuming to write and do not prove to be convenient for many of the things that chemists need to do 
with equations. A chemical equation is a representation of a chemical reaction that displays the reactants and products with 
chemical formulas. The chemical equation for the reaction of methane with oxygen is shown: 

The equation above, called a skeleton equation, is an equation that shows only the formulas of the reactants and products with 
nothing to indicate the relative amounts. The first step in writing an accurate chemical equation is to write the skeleton equation, 
making sure that the formulas of all substances involved are written correctly. All reactants are written to the left of the yield arrow, 
separated from one another by a plus sign. Likewise, products are written to the right of the yield arrow, also separated with a 
plus sign. 

It is often important to know the physical states of the reactants and products taking part in a reaction. To do this, put the 
appropriate symbol in parentheses after each formula:  for solid,  for liquid,  for gas, and  for an aqueous (water-based) 
solution. The previous reaction becomes: 

The table below shows a listing of symbols used in chemical equations. Some, such as the double arrow which represents 
equilibrium, and the use of a catalyst in a reaction, will be detailed in other concepts. 

Table : Symbols Used in Chemical Equations 

Symbols Description 

Used to separate multiple reactants or products. 

Yield sign; separates reactants from products. 

Replaces the yield sign for reversible reactions that reach equilibrium. 

Reactant or product in the solid state. 

Reactant or product in the liquid state. 

Reactant or product in the gaseous state. 

Reactant or product in an aqueous solution (dissolved in water). 

Formula written above the arrow is used as a catalyst in the reaction. 

Triangle indicates that the reaction is being heated. 

Summary 

• A chemical equation is a representation of a chemical reaction that displays the reactants and products with chemical 
formulas. 

• A skeleton equation shows only the formulas of the reactants and products, with nothing to indicate the relative amounts. 
• Symbols used in chemical equations are described and explained. 
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This page titled 7.1.2: Balancing of Chemical Equations is shared under a CK-12 license and was authored, remixed, and/or curated by LibreTexts. 

• 11.2: Chemical Equations by CK12 is licensed CK-12. Original source: https://flexbooks.ck12.org/cbook/ck-12-chemistry-flexbook-2.0/. 
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7.2: Types of Chemical Reactions 

Although there are untold millions of possible chemical reactions, most can be classified into a small number of general reaction 
types. Classifying reactions has two purposes: it helps us to recognize similarities among them, and it enables us to predict the 
products of certain reactions. A particular reaction may fall into more than one of the categories that we will define in this book. 
There are five classic categories into which reactions are commonly classified, each of which are discussed in detail here. 

• Combination 
• Decomposition 
• Combustion 
• Single Replacement 
• Double Replacement 

This page titled 7.2: Types of Chemical Reactions is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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7.2.1: Combination Reactions 

Figure  (Public Domain; Rim: User:Relaxatiallc/Wikimedia Commons; Wheel: Christopher Ziemnowicz via Rim: 
http://commons.wikimedia.org/wiki/File:Ats_amgpenta.jpg; Wheel: http://commons.wikimedia.org/wiki/File:1975_AACA_AMC_Pacer_X_red-

white_wheel.jpg) 

How useful is a wheel rim? 

A wheel rim is not very useful by itself. Driving on the rim can damage it and make for a very rough ride. When the rim is combined 
with a tire, the product can be put on a car and used for a safe and comfortable ride. The two separate items combine to make 
something that improves the car ride. 

Combination Reactions 

A combination reaction is a reaction in which two or more substances combine to form a single new substance. Combination 
reactions can also be called synthesis reactions. The general form of a combination reaction is: 

One combination reaction is two elements combining to form a compound. Solid sodium metal reacts with chlorine gas to 
produce solid sodium chloride. 

In order to write and balance the equation correctly, it is important to remember the seven elements that exist in nature as 
diatomic molecules: , , , , , , and . 

One sort of combination reaction that occurs frequently is the reaction of an element with oxygen to form an oxide. Metals 
and nonmetals both react readily with oxygen under most conditions. Magnesium reacts rapidly and dramatically when ignited, 
combining with oxygen from the air to produce a fine powder of magnesium oxide. 
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This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Sulfur reacts with oxygen to form sulfur dioxide. 

When nonmetals react with one another, the product is a molecular compound. Often, the nonmetal reactants can combine in 
different ratios and produce different products. Sulfur can also combine with oxygen to form sulfur trioxide. 

Transition metals are capable of adopting multiple positive charges within their ionic compounds. Therefore, most transition 
metals are capable of forming different products in a combination reaction. Iron reacts with oxygen to form both iron (II) oxide 
and iron (III) oxide: 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Potassium is a very reactive alkali metal that must be stored under oil in order to prevent it from reacting with air. Write the 
balanced chemical equation for the combination reaction of potassium with oxygen. 

Solution 

Step 1: Plan the problem. 

Make sure formulas of all reactants and products are correct before balancing the equation. Oxygen gas is a diatomic 
molecule. Potassium oxide is an ionic compound and so its formula is constructed by the crisscross method. Potassium as 
an ion becomes , while the oxide ion is . 

Step 2: Solve. 

The skeleton (unbalanced) equation: 

The equation is then easily balanced with coefficients. 

YouTube Video 

YouTube Video 

Example : Combination Reactions 
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Step 3: Think about your result. 

Formulas are correct and the resulting combination reaction is balanced. 

Can you build a balanced, combination reaction for the formation of aluminum oxide (Al2O3)? 

Answer available at the end of this section. 

Combination reactions can also take place when an element reacts with a compound to form a new compound composed of a 
larger number of atoms. Carbon monoxide reacts with oxygen to form carbon dioxide, according to the equation: 

Two compounds may also react to form a more complex compound. A very common example is the reaction of an oxide with 
water. Calcium oxide reacts readily with water to produce an aqueous solution of calcium hydroxide. 

Sulfur trioxide gas reacts with water to form sulfuric acid. This is an unfortunately common reaction that occurs in the atmosphere 
in some places where oxides of sulfur are present as pollutants. The acid formed in the reaction falls to the ground as acid rain. 

Figure : Acid rain has severe consequences on both natural and manmade objects. Acid rain degrades marble statues like the one on 
the left (A). The trees in the forest on the right (B) have been killed by acid rain. ((A; (A) Nipik; (B) Nino Barbieri via (A) 
http://commons.wikimedia.org/wiki/File:Acid_rain_woods1.JPG; (B) http://commons.wikimedia.org/wiki/File:Pollution_-

_Damaged_by_acid_rain.jpg) Public Domain; (B) CC by 2.5) 

Summary 

• Combination reactions occur when two or more substances combine to form a new substance. 

Review 

1. What are combination reactions? 
2. Write the product of the following reaction: Mg+H2O→ 
3. Is CH4+2O2→CO2+2H2O a combination reaction? Explain your answer. 

Answers 
Exercise 

Exercise 
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4Al + 3O2 → 2Al2O3 

This page titled 7.2.1: Combination Reactions is shared under a CK-12 license and was authored, remixed, and/or curated by LibreTexts. 

• 11.4: Combination Reactions by CK12 is licensed CK-12. Original source: https://flexbooks.ck12.org/cbook/ck-12-chemistry-flexbook-2.0/. 
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7.2.2: Decomposition Reactions 

Figure  (Public Domain; Madame Lavoisier, modified by User: Cdang/Wikimedia Commons via Wikipedia) 

How does a decomposition reaction work? 

Antoine Lavoisier is widely known as the “father of modern chemistry.” He was one of the first to study chemical reactions in 
detail. Lavoisier reacted mercury with oxygen to form mercuric oxide as part of his studies on the composition of the atmosphere. 
He was then able to show that the decomposition of mercuric oxide produced mercury and oxygen. The diagram above shows the 
apparatus used by Lavoisier to study the formation and decomposition of mercuric oxide. 

Decomposition Reactions 

A decomposition reaction is a reaction in which a compound breaks down into two or more simpler substances. The general 
form of a decomposition reaction is: 

Most decomposition reactions require an input of energy in the form of heat, light, or electricity. 

Binary compounds are compounds composed of just two elements. The simplest kind of decomposition reaction is when a binary 
compound decomposes into its elements. Mercury (II) oxide, a red solid, decomposes when heated to produce mercury and 
oxygen gas. 
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Figure : Mercury (II) oxide is a red solid. When it is heated, it decomposes into mercury metal and oxygen gas. (Public Domain; Ben 
Mills (User:Benjah-bmm27/Wikimedia Commons) via Wikipedia) 

A reaction is also considered to be a decomposition reaction even when one or more of the products are still compounds. A metal 
carbonate decomposes into a metal oxide and carbon dioxide gas. For example, calcium carbonate decomposes into calcium 
oxide and carbon dioxide: 

Metal hydroxides decompose on heating to yield metal oxides and water. Sodium hydroxide decomposes to produce sodium 
oxide and water: 

Some unstable acids decompose to produce nonmetal oxides and water. Carbonic acid decomposes easily at room temperature 
into carbon dioxide and water: 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Can you build a balanced Chemical reaction for the decomposition of Potassium chlorate (KClO3)? 

Answer available at the end of this section. 

When an electric current is passed through pure water, it decomposes into its elements. Write a balanced equation for the 
decomposition of water. 

Solution 

Step 1: Plan the problem. 

YouTube Video 

Exercise 

Example : Decomposition Reactions 
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Water is a binary compound composed of hydrogen and oxygen. The hydrogen and oxygen gases produced in the reaction 
are both diatomic molecules. 

Step 2: Solve. 

The skeleton (unbalanced) equation: 

Note the abbreviation " " above the arrow to indicate the passage of an electric current to initiate the reaction. Balance 
the equation. 

Step 3: Think about your result. 

The products are elements and the equation is balanced. 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

How does an airbag explode at just the right time in the event of a car accident? Learn more in this simulation: 

How does a chemical reaction inflate and airbag 

Summary 

• A definition of decomposition reaction and example reactions are given. 

Review 

1. What is a decomposition reaction? 
2. What is usually needed for a decomposition reaction to take place? 
3. Are elements always the product of a decomposition reaction? 

Answers 
Exercise 

2KClO3 → 2KCl + 3O2 

YouTube Video 

Simulations 

This page titled 7.2.2: Decomposition Reactions is shared under a CK-12 license and was authored, remixed, and/or curated by LibreTexts. 

• 11.5: Decomposition Reactions by CK12 is licensed CK-12. Original source: https://flexbooks.ck12.org/cbook/ck-12-chemistry-flexbook-2.0/. 
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7.2.3: Combustion Reactions 

Figure  (CC BY 2.0; Nina Hale via Wikipedia) 

How do you cook the perfect marshmallow? 

Roasting marshmallows over an open fire is a favorite past-time for campers, outdoor cook-outs, and just gathering around a 
fire in the back yard. The trick is to get the marshmallow a nice golden brown without catching it on fire. Too often we are not 
successful and we see the marshmallow burning on the stick – a combustion reaction taking place right in front of us. 

Combustion Reactions 

A combustion reaction is a reaction in which a substance reacts with oxygen gas, releasing energy in the form of light and heat. 
Combustion reactions must involve  as one reactant. The combustion of hydrogen gas produces water vapor: 

Notice that this reaction also qualifies as a combination reaction. 
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Figure : Explosion of the Hindenberg. (Public Domain; Gus Pasquerella/US Navy via Wikipedia) 

The Hindenberg was a hydrogen-filled airship that suffered an accident upon its attempted landing in New Jersey in 1937. The 
hydrogen immediately combusted in a huge fireball, destroying the airship and killing 36 people. The chemical reaction was a 
simple one: hydrogen combining with oxygen to produce water. 

Many combustion reactions occur with a hydrocarbon, a compound made up solely of carbon and hydrogen. The products of 
the combustion of hydrocarbons are carbon dioxide and water. Many hydrocarbons are used as fuel because their combustion 
releases very large amounts of heat energy. Propane  is a gaseous hydrocarbon that is commonly used as the fuel source 
in gas grills. 

Ethanol can be used as a fuel source in an alcohol lamp. The formula for ethanol is . Write the balanced equation for 
the combustion of ethanol. 

Solution 

Step 1: Plan the problem. 

Ethanol and oxygen are the reactants. As with a hydrocarbon, the products of the combustion of an alcohol are carbon dioxide 
and water. 

Step 2: Solve. 

Write the skeleton equation: 

Balance the equation. 

Step 3: Think about your result. 

Combustion reactions must have oxygen as a reactant. Note that the water produced is in the gas state, rather than the liquid 
state, because of the high temperatures that accompany a combustion reaction. 

Example : Combustion Reactions 

237 (7.2.3.2)

http://commons.wikimedia.org/wiki/File:Hindenburg_burning.jpg


This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Summary 

• Combustion reaction is defined and examples are given. 

Review 

1. What is needed for a combustion reaction to take place? 
2. What is formed in any combustion reaction? 
3. Mercury reacts with oxygen to form mercuric oxide. Is this a combustion reaction? 
4. What are the products of any combustion reaction involving a hydrocarbon? 

YouTube Video 

This page titled 7.2.3: Combustion Reactions is shared under a CK-12 license and was authored, remixed, and/or curated by LibreTexts. 

• 11.6: Combustion Reactions by CK12 is licensed CK-12. Original source: https://flexbooks.ck12.org/cbook/ck-12-chemistry-flexbook-2.0/. 
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7.2.4: Single Replacement Reactions 

The cup shown below provides an example of tarnish, a chemical change caused by the reaction of silver metal with hydrogen 
sulfide gas. Hydrogen sulfide gas is produced by some industrial processes, or as a result of decaying animal or plant materials: 

The tarnish can be removed using a number of polishes, but the process also removes a small amount of silver along with the 
tarnish. 

Figure : A tarnished silver cup. (CC BY-NC; CK-12) 

A single-replacement reaction is a reaction in which one element replaces a similar element in a compound. The general form 
of a single-replacement (also called single-displacement) reaction is: 

In this general reaction, element  is a metal and replaces element  (also a metal) in the compound. When the element that is 
doing the replacing is a nonmetal, it must replace another nonmetal in a compound, and the general equation becomes: 

(Where  is a nonmetal and replaces the nonmetal  in the compound with .) 

Metal Replacement 

Magnesium is a more reactive metal than copper. When a strip of magnesium metal is placed in an aqueous solution of copper 
(II) nitrate, it replaces the copper. The products of the reaction are aqueous magnesium nitrate and solid copper metal. 

This subcategory of single-replacement reactions is called a metal replacement reaction because it is a metal that is being 
replaced (copper). 

Hydrogen Replacement 

Many metals react easily with acids and when they do so, one of the products of the reaction is hydrogen gas. Zinc reacts with 
hydrochloric acid to produce aqueous zinc chloride and hydrogen (figure below). 
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In a hydrogen replacement reaction, the hydrogen in the acid is replaced by an active metal. 

Figure : Zinc metal reacts with hydrochloric acid to give off hydrogen gas in a single-displacement reaction. (CC BY-NC; CK-12) 

Some metals are so reactive that they are capable of replacing the hydrogen in water. The products of such a reaction are the 
metal hydroxide and hydrogen gas. All group 1 metals undergo this type of reaction. Sodium reacts vigorously with water to 
produce aqueous sodium hydroxide and hydrogen (see figure below). 

Figure : Sodium metal reacts vigorously with water, giving off hydrogen gas. A large piece of sodium will often generate so much heat 
that the hydrogen will ignite. (CC BY-NC; CK-12) 

Halogen Replacement 

The element chlorine reacts with an aqueous solution of sodium bromide to produce aqueous sodium chloride and elemental 
bromine: 

The reactivity of the halogen group (group 17) decreases from top to bottom within the group. Fluorine is the most reactive 
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halogen, while iodine is the least. Since chlorine is above bromine, it is more reactive than bromine and can replace it in a halogen 
replacement reaction. 

Summary 

This page titled 7.2.4: Single Replacement Reactions is shared under a CK-12 license and was authored, remixed, and/or curated by LibreTexts. 

• 11.7: Single Replacement Reactions by CK12 is licensed CK-12. Original source: https://flexbooks.ck12.org/cbook/ck-12-chemistry-
flexbook-2.0/. 
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7.2.5: Double Replacement Reactions 

Figure  (Public Domain; F. S. Church, published in Harper's Weekly, January 17, 1874, p. 61 via Wikipedia) 

Want to trade? 

The practice of barter (trading one thing for another) has been in existence for a very long time. In the illustration above, items 
like chickens were bartered for newspapers. You have something I want, and I have something you want. So we trade and we each 
have something new. Some chemical reactions are like that. Compounds swap parts and you have new materials. 

Double-Replacement Reactions 

A double-replacement reaction is a reaction in which the positive and negative ions of two ionic compounds exchange places 
to form two new compounds. The general form of a double-replacement (also called double-displacement) reaction is: 

In this reaction,  and  are positively-charged cations, while  and  are negatively-charged anions. Double-replacement 
reactions generally occur between substances in aqueous solution. In order for a reaction to occur, one of the products is usually 
a solid precipitate, a gas, or a molecular compound such as water. 

Formation of a Precipitate 

A precipitate forms in a double-replacement reaction when the cations from one of the reactants combine with the anions from 
the other reactant to form an insoluble ionic compound. When aqueous solutions of potassium iodide and lead (II) nitrate are 
mixed, the following reaction occurs: 

There are very strong attractive forces that occur between  and  ions and the result is a brilliant yellow precipitate (see 
figure below). The other product of the reaction, potassium nitrate, remains soluble. 
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Figure : Formation of lead iodide precipitate. (CC-BY 2.0; Paige Powers - "Lead Iodide" via Flickr) 

Formation of a Gas 

Some double-replacement reactions produce a gaseous product which then bubbles out of the solution and escapes into the air. 
When solutions of sodium sulfide and hydrochloric acid are mixed, the products of the reaction are aqueous sodium chloride and 
hydrogen sulfide gas. 

Formation of a Molecular Compound 

Another kind of double-replacement reaction is one that produces a molecular compound as one of its products. Many examples 
in this category are reactions that produce water. When aqueous hydrochloric acid is reacted with aqueous sodium hydroxide, the 
products are aqueous sodium chloride and water: 

Write a complete and balanced chemical equation for the following double-replacement reactions. One product is indicated 
as a guide. 

a.    (hydrogen cyanide gas is formed) 
b.    (a precipitate of barium sulfate forms) 

Solution 

Step 1: Plan the problem. 

In A, the production of a gas drives the reaction. In B, the production of a precipitate drives the reaction. In both cases, use 
the ionic charges of both reactants to construct the correct formulas of the products. 

Step 2: Solve. 

A. The cations of both reactants are  charged ions, while the anions are  charged ions. After exchanging partners, the 
balanced equation is: 

B. Ammonium ion and nitrate ion are   and   respectively, while barium and sulfate are   and  . This must be taken 
into account when exchanging partners and writing the new formulas. Then, the equation is balanced. 

Step 3: Think about your result. 

Both are double replacement reactions. All formulas are correct and the equations are balanced. 

Occasionally, a reaction will produce both a gas and a molecular compound. The reaction of a sodium carbonate solution with 

Example : Double-Replacement Reactions 
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hydrochloric acid produces aqueous sodium chloride, carbon dioxide gas, and water. 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Summary 

• The double-replacement reaction generally takes the form of AB + CD → AD + CB where A and C are positively-charged 
cations, while B and D are negatively-charged anions. 

• In a double replacement reactions, typically one of the products is a precipitate, a gas, or a molecular compound. 

Review 

1. In a double-replacement reaction, what type of compounds are usually the reactants? A double-replacement reaction occurs 
between sodium sulfide and hydrogen chloride. Write the rest of the chemical equation and balance it. 

2. Na2S + HCl → 
3. In double-replacement reaction, one of three possible types of products usually form. What are the three types? 

YouTube Video 

This page titled 7.2.5: Double Replacement Reactions is shared under a CK-12 license and was authored, remixed, and/or curated by LibreTexts. 

• 11.9: Double Replacement Reactions by CK12 is licensed CK-12. Original source: https://flexbooks.ck12.org/cbook/ck-12-chemistry-
flexbook-2.0/. 
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7.2.6: Oxidation–Reduction Reactions 

• Define oxidation and reduction. 
• Assign oxidation numbers to atoms in simple compounds. 
• Recognize a reaction as an oxidation-reduction reaction. 

In the course of a chemical reaction between a metal and a nonmetal, electrons are transferred from the metal atoms to the 
nonmetal atoms. For example, when zinc metal is mixed with sulfur and heated, the compound zinc sulfide is produced. Two 
valence electrons from each zinc atom are transferred to each sulfur atom. 

Figure : Reaction between zinc and sulfur. 

Since the zinc is losing electrons in the reaction, it is being oxidized. The sulfur is gaining electrons and is thus being reduced. 
An oxidation-reduction reaction is a reaction that involves the full or partial transfer of electrons from one reactant to another.
Oxidation is the full or partial loss of electrons or the gain of oxygen. Reduction is the full or partial gain of electrons or the loss 
of oxygen. A redox reaction is another term for an oxidation-reduction reaction. 

Each of these processes can be shown in a separate equation called a half-reaction. A half-reaction is an equation that shows 
either the oxidation or the reduction reaction that occurs during a redox reaction. 

It is important to remember that the two half-reactions occur simultaneously. The resulting ions that are formed are then attracted 
to one another in an ionic bond. 

Another example of an oxidation-reduction reaction involving electron transfer is the well-known combination of metallic sodium 
and chlorine gas to form sodium chloride: 

The half reactions are as follows: 

We will concern ourselves with the balancing of these equations at another time. 

Oxidation Numbers 

Redox reactions require that we keep track of the electrons assigned to each atom in a chemical reaction. How do we do that? 
We use oxidation numbers to keep track of electrons in atoms. Oxidation numbers are assigned to atoms based on four rules. 
Oxidation numbers are not necessarily equal to the charge on the atom (although sometimes they can be); we must keep the 
concepts of charge and oxidation numbers separate. 

Learning Objectives 
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The rules for assigning oxidation numbers to atoms are as follows: 

1. Atoms in their elemental state are assigned an oxidation number of 0. 

In H2, both H atoms have an oxidation number of 0. 

2. Atoms in monatomic (i.e., one-atom) ions are assigned an oxidation number equal to their charge. Oxidation 
numbers are usually written with the sign first, then the magnitude, to differentiate them from charges. 

In MgCl2, magnesium has an oxidation number of +2, while chlorine has an oxidation number of −1. 

3. In compounds, fluorine is assigned a −1 oxidation number; oxygen is usually assigned a −2 oxidation number 
(except in peroxide compounds [where it is −1] and in binary compounds with fluorine [where it is positive]); and 

hydrogen is usually assigned a +1 oxidation number [except when it exists as the hydride ion (H−), in which case 
rule 2 prevails]. 

In H2O, the H atoms each have an oxidation number of +1, while the O atom has an oxidation number of −2, even 

though hydrogen and oxygen do not exist as ions in this compound (rule 3). By contrast, by rule 3, each H atom in 
hydrogen peroxide (H2O2) has an oxidation number of +1, while each O atom has an oxidation number of −1. 

4. In compounds, all other atoms are assigned an oxidation number so that the sum of the oxidation numbers on 
all the atoms in the species equals the charge on the species (which is zero if the species is neutral). 

In SO2, each O atom has an oxidation number of −2; for the sum of the oxidation numbers to equal the charge on the 

species (which is zero), the S atom is assigned an oxidation number of +4. Does this mean that the sulfur atom has 
a 4+ charge on it? No, it means only that the S atom is assigned a +4 oxidation number by our rules of apportioning 
electrons among the atoms in a compound. 

Assign oxidation numbers to the atoms in each substance. 

a. Cl2 
b. GeO2 
c. Ca(NO3)2 

Solution 

a. Cl2 is the elemental form of chlorine. Rule 1 states that each atom has an oxidation number of 0. 
b. By rule 3, oxygen is normally assigned an oxidation number of −2. For the sum of the oxidation numbers to equal the 

charge on the species (zero), the Ge atom is assigned an oxidation number of +4. 

c. Ca(NO3)2 can be separated into two parts: the Ca2+ ion and the NO3
− ion. Considering these separately, the Ca2+ ion 

has an oxidation number of +2 by rule 2. Now consider the NO3
− ion. Oxygen is assigned an oxidation number of −2, 

and there are three of them. According to rule 4, the sum of the oxidation numbers on all atoms must equal the charge 
on the species, so we have the simple algebraic equation 

where x is the oxidation number of the N atom and the −1 represents the charge on the species. Evaluating for x, 

Assigning Oxidation Numbers 

Example : Assigning Oxidation States 

246 (7.2.6.2)



Thus the oxidation number on the N atom in the NO3
− ion is +5. 

Assign oxidation numbers to the atoms in the following: 

a. H3PO4 
b. MgO 

Answer a available at the end of this section. 

Answer b available at the end of this section. 

All redox reactions occur with a simultaneous change in the oxidation numbers of some atoms. At least two elements must change 
their oxidation numbers. When an oxidation number of an atom is increased in the course of a redox reaction, that atom is being 
oxidized. When an oxidation number of an atom is decreased in the course of a redox reaction, that atom is being reduced. Thus 
oxidation and reduction can also be defined in terms of increasing or decreasing oxidation numbers, respectively. 

Identify what is being oxidized and reduced in the following redox reaction. 

Solution 

Both reactants are the elemental forms of their atoms, so the Na and Br atoms have oxidation numbers of 0. In the ionic 

product, the Na+ ions have an oxidation number of +1, while the Br− ions have an oxidation number of −1. 

Sodium is increasing its oxidation number from 0 to +1, so it is being oxidized; bromine is decreasing its oxidation number 
from 0 to −1, so it is being reduced: 

Equation of sodium and bromine reacting, labeled with sodium's oxidation number change from 0 to +1 and bromine's oxidation number 
change from 0 to -1 

Because oxidation numbers are changing, this is a redox reaction. The total number of electrons being lost by sodium (two, 
one lost from each Na atom) is gained by bromine (two, one gained for each Br atom). 

Identify what is being oxidized and reduced in this redox reaction. 

Exercise : Assigning Oxidation States 

Example : Formation of Sodium Bromide 

Exercise : Oxidation of Carbon 
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Answer available at the end of this section. 

Answer available at the end of this section. 

Oxidation reactions can become quite complex, as attested by the following redox reaction: 

To demonstrate that this is a redox reaction, the oxidation numbers of the species being oxidized and reduced are listed; can 
you determine what is being oxidized and what is being reduced? This is also an example of a net ionic reaction; spectator ions 
that do not change oxidation numbers are not displayed in the equation. Eventually, we will need to learn techniques for writing 
correct (i.e., balanced) redox reactions. 

Combustion Reactions 

A combustion reaction is a reaction in which a substance reacts with oxygen gas, releasing energy in the form of light and heat. 
Combustion reactions must involve  as one reactant. The combustion of hydrogen gas produces water vapor. 

Notice that this reaction also qualifies as a combination reaction. 

Figure : Explosion of the Hindenberg. 

The Hindenberg was a hydrogen-filled airship that suffered an accident upon its attempted landing in New Jersey in 1937. The 
hydrogen immediately combusted in a huge fireball, destroying the airship and killing 36 people. The chemical reaction was a 
simple one: hydrogen combining with oxygen to produce water (Equation ). 

Many combustion reactions occur with a hydrocarbon, a compound made up solely of carbon and hydrogen. The products of 
the combustion of hydrocarbons are carbon dioxide and water. Many hydrocarbons are used as fuel because their combustion 
releases very large amounts of heat energy. Propane  is a gaseous hydrocarbon that is commonly used as the fuel source 
in gas grills. 
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Ethanol can be used as a fuel source in an alcohol lamp. The formula for ethanol is . Write the balanced equation for 
the combustion of ethanol. 

Solution 

Solutions to Example 7.9.3 

Steps Example Solution 

Write the 
unbalanced 

reaction. 

   

Ethanol and atmospheric oxygen are the reactants. As with a hydrocarbon, the products of the 
combustion of an alcohol are carbon dioxide and water. 

Balance the 
equation. 

   

Think about 
your result. 

Combustion reactions must have oxygen as a reactant. Note that the water produced is in the gas state, 
rather than the liquid state, because of the high temperatures that accompany a combustion reaction. 

Write the balanced equation for the combustion of hexane, C6H14 

Answer available at the end of this section. 

Contributors & Affiliations 
• 

Answers 
Exercise : Assigning Oxidation States 

H: +1; O: −2; P: +5 

Exercise : Assigning Oxidation States 

Mg: +2, O: −2 

Exercise : Oxidation of Carbon 

C is being oxidized from 0 to +4; O is being reduced from 0 to −2 

Exercise : Oxidation of Carbon 

Exercise : Combustion of Hexane 

Example : Combustion of Ethanol 

Exercise : Combustion of Hexane 

This page titled 7.2.6: Oxidation–Reduction Reactions is shared under a CC BY-NC 4.0 license and was authored, remixed, and/or curated by 
LibreTexts. 

• 7.9: Oxidation–Reduction Reactions by Henry Agnew, Marisa Alviar-Agnew is licensed CK-12. Original source: https://www.ck12.org/c/
chemistry/. 
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7.3: Stoichiometry 

• Define stoichiometry. 
• Relate quantities in a balanced chemical reaction on a molecular basis. 

Consider a classic recipe for pound cake: 1 pound of eggs, 1 pound of butter, 1 pound of flour, and 1 pound of sugar. (That's why 
it's called "pound cake.") If you have 4 pounds of butter, how many pounds of sugar, flour, and eggs do you need? You would need 
4 pounds each of sugar, flour, and eggs. 

Now suppose you have 1.00 g H2. If the chemical reaction follows the balanced chemical equation 

then what mass of oxygen do you need to make water? 

Curiously, this chemical reaction question is very similar to the pound cake question. Both of them involve relating a quantity 
of one substance to a quantity of another substance or substances. The relating of one chemical substance to another using a 
balanced chemical reaction is called stoichiometry. Using stoichiometry is a fundamental skill in chemistry; it greatly broadens 
your ability to predict what will occur and, more importantly, how much is produced. 

Let us consider a more complicated example. A recipe for pancakes calls for 2 cups (c) of pancake mix, 1 egg, and 1/2 c of milk. 
We can write this in the form of a chemical equation: 

2 c mix + 1 egg + 1/2 c milk → 1 batch of pancakes 

If you have 9 c of pancake mix, how many eggs and how much milk do you need? It might take a little bit of work, but eventually 
you will find you need 4½ eggs and 2¼ c milk. 

How can we formalize this? We can make a conversion factor using our original recipe and use that conversion factor to convert 
from a quantity of one substance to a quantity of another substance. This is similar to the way we constructed a conversion factor 
between feet and yards in Chapter 2. Because one recipe's worth of pancakes requires 2 c of pancake mix, 1 egg, and 1/2 c of 
milk, we actually have the following mathematical relationships that relate these quantities: 

2 c pancake mix ⇔ 1 egg ⇔ 1/2 c milk 

where ⇔ is the mathematical symbol for "is equivalent to." This does not mean that 2 c of pancake mix equal 1 egg. However, 
as far as this recipe is concerned, these are the equivalent quantities needed for a single recipe of pancakes. So, any possible 
quantities of two or more ingredients must have the same numerical ratio as the ratios in the equivalence. 

We can deal with these equivalences in the same way we deal with equalities in unit conversions: we can make conversion factors 
that essentially equal 1. For example, to determine how many eggs we need for 9 c of pancake mix, we construct the conversion 
factor: 

This conversion factor is, in a strange way, equivalent to 1 because the recipe relates the two quantities. Starting with our initial 
quantity and multiplying by our conversion factor, 

Note how the units cups pancake mix canceled, leaving us with units of eggs. This is the formal, mathematical way of getting our 
amounts to mix with 9 c of pancake mix. We can use a similar conversion factor for the amount of milk: 

Learning Objectives 
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Again, units cancel, and new units are introduced. 

A balanced chemical equation is nothing more than a recipe for a chemical reaction. The difference is that a balanced chemical 
equation is written in terms of atoms and molecules, not cups, pounds, and eggs. 

For example, consider the following chemical equation: 

We can interpret this as, literally, "two hydrogen molecules react with one oxygen molecule to make two water molecules." That 
interpretation leads us directly to some equivalencies, just as our pancake recipe did: 

2H2 molecules ⇔ 1O2 molecule ⇔ 2H2O molecules 

These equivalences allow us to construct conversion factors: 

and so forth. These conversions can be used to relate quantities of one substance to quantities of another. For example, suppose 
we need to know how many molecules of oxygen are needed to react with 16 molecules of H2. As we did with converting units, we 
start with our given quantity and use the appropriate conversion factor: 

Note how the unit molecules H2 cancels algebraically, just as any unit does in a conversion like this. The conversion factor 
came directly from the coefficients in the balanced chemical equation. This is another reason why a properly balanced chemical 
equation is important. 

How many molecules of SO3 are needed to react with 144 molecules of Fe2O3 given this balanced chemical equation? 

Solution 

We use the balanced chemical equation to construct a conversion factor between Fe2O3 and SO3. The number of molecules 
of Fe2O3 goes on the bottom of our conversion factor so it cancels with our given amount, and the molecules of SO3 go on 
the top. Thus, the appropriate conversion factor is 

Starting with our given amount and applying the conversion factor, the result is 

We need 432 molecules of SO3 to react with 144 molecules of Fe2O3. 

Example 
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How many molecules of H2 are needed to react with 29 molecules of N2 to make ammonia if the balanced chemical equation 
is: 

Answer available at the end of this section. 

Chemical equations also allow us to make conversions regarding the number of atoms in a chemical reaction, because a chemical 
formula lists the number of atoms of each element in a compound. The formula H2O indicates that there are two hydrogen atoms 
and one oxygen atom in each molecule, and these relationships can be used to make conversion factors: 

Conversion factors like this can also be used in stoichiometry calculations. 

How many molecules of NH3 can you make if you have 228 atoms of H2? 

Solution 

From the formula, we know that one molecule of NH3 has three H atoms. Use that fact as a conversion factor: 

How many molecules of  can you make from 777 atoms of S? 

Answer available at the end of this section. 

Summary 

Quantities of substances can be related to each other using balanced chemical equations. 

Answers 
Exercise 

87 molecules 

Exercise 

259 molecules 

Exercise 

Example 

Exercise 
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7.3.1: Molar interpretation of balanced Chemical Reactions 

• Balance a chemical equation in terms of moles. 
• Use the balanced equation to construct conversion factors in terms of moles. 
• Calculate moles of one substance from moles of another substance using a balanced chemical equation. 

Consider this balanced chemical equation: 

We interpret this as "two molecules of hydrogen react with one molecule of oxygen to make two molecules of water." The chemical 
equation is balanced as long as the coefficients are in the ratio 2:1:2. For instance, this chemical equation is also balanced: 

This equation is not conventional—because convention says that we use the lowest ratio of coefficients—but it is balanced. So is 
this chemical equation: 

Again, this is not conventional, but it is still balanced. Suppose we use a much larger number: 

These coefficients are also in the ratio of 2:1:2. But these numbers are related to the number of things in a mole: the first and 
last numbers are two times Avogadro's number, while the second number is Avogadro's number. That means that the first and 
last numbers represent 2 mol, while the middle number is just 1 mol. Well, why not just use the number of moles in balancing the 
chemical equation? 

is the same balanced chemical equation we started with! What this means is that chemical equations are not just balanced in 
terms of molecules; they are also balanced in terms of moles. We can just as easily read this chemical equation as "two moles of 
hydrogen react with one mole of oxygen to make two moles of water." All balanced chemical reactions are balanced in terms of 
moles. 

Interpret this balanced chemical equation in terms of moles. 

Solution 

The coefficients represent the number of moles that react, not just molecules. We would speak of this equation as "one mole 
of molecular phosphorus reacts with five moles of elemental oxygen to make one mole of tetraphosphorus decoxide." 

Interpret this balanced chemical equation in terms of moles. 

Learning Objectives 

Example 

Exercise 
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Answer available at the end of this section. 

In Section 4.1, we stated that a chemical equation is simply a recipe for a chemical reaction. As such, chemical equations also 
give us equivalents—equivalents between the reactants and the products. However, now we understand that these equivalents are 
expressed in terms of moles. Consider the chemical equation 

This chemical reaction gives us the following equivalents: 

2 mol H2 ⇔ 1 mol O2 ⇔ 2 mol H2O 

Any two of these quantities can be used to construct a conversion factor that lets us relate the number of moles of one substance 
to an equivalent number of moles of another substance. If, for example, we want to know how many moles of oxygen will react 
with 17.6 mol of hydrogen, we construct a conversion factor between 2 mol of H2 and 1 mol of O2 and use it to convert from moles 
of one substance to moles of another: 

Note how the mol H2 unit cancels, and mol O2 is the new unit introduced. This is an example of a mole-mole calculation, when 
you start with moles of one substance and convert to moles of another substance by using the balanced chemical equation. The 
example may seem simple because the numbers are small, but numbers won't always be so simple! 

For the balanced chemical equation 

if 154 mol of O2 are reacted, how many moles of CO2 are produced? 

Solution 

We are relating an amount of oxygen to an amount of carbon dioxide, so we need the equivalence between these two 
substances. According to the balanced chemical equation, the equivalence is 

13 mol O2 ⇔ 8 mol CO2 

We can use this equivalence to construct the proper conversion factor. We start with what we are given and apply the 
conversion factor: 

The mol O2 unit is in the denominator of the conversion factor so it cancels. Both the 8 and the 13 are exact numbers, so 
they do not contribute to the number of significant figures in the final answer. 

Using the above equation, how many moles of H2O are produced when 154 mol of O2 react? 

Answer available at the end of this section. 

It is important to reiterate that balanced chemical equations are balanced in terms of moles. Not grams, kilograms, or liters—but 

Example 

Exercise 
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moles. Any stoichiometry problem will likely need to work through the mole unit at some point, especially if you are working with 
a balanced chemical reaction. 

Summary 

Balanced chemical reactions are balanced in terms of moles. A balanced chemical reaction gives equivalents in moles that allow 
stoichiometry calculations to be performed. 

Answers 
Exercise 

One mole of elemental nitrogen reacts with three moles of elemental hydrogen to produce two moles of ammonia. 

Exercise 

118 mol 
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7.3.2: Mole-Mass and Mass-Mass Calculations 

• From a given number of moles of a substance, calculate the mass of another substance involved using the balanced 
chemical equation. 

• From a given mass of a substance, calculate the moles of another substance involved using the balanced chemical 
equation. 

• From a given mass of a substance, calculate the mass of another substance involved using the balanced chemical 
equation. 

Mole-mole calculations are not the only type of calculations that can be performed using balanced chemical equations. Recall 
that the molar mass can be determined from a chemical formula and used as a conversion factor. We can add that conversion 
factor as another step in a calculation to make a mole-mass calculation, where we start with a given number of moles of a 
substance and calculate the mass of another substance involved in the chemical equation, or vice versa. 

For example, suppose we have the balanced chemical equation 

Suppose we know we have 123.2 g of Cl2. How can we determine how many moles of AlCl3 we will get when the reaction is 
complete? First and foremost, chemical equations are not balanced in terms of grams; they are balanced in terms of moles. So 
to use the balanced chemical equation to relate an amount of Cl2 to an amount of AlCl3, we need to convert the given amount 
of Cl2 into moles. We know how to do this by simply using the molar mass of Cl2 as a conversion factor. The molar mass of Cl2 
(which we get from the atomic mass of Cl from the periodic table) is 70.90 g/mol. We must invert this fraction so that the units 
cancel properly: 

Now that we have the quantity in moles, we can use the balanced chemical equation to construct a conversion factor that relates 
the number of moles of Cl2 to the number of moles of AlCl3. The numbers in the conversion factor come from the coefficients in 
the balanced chemical equation: 

Using this conversion factor with the molar quantity we calculated above, we get 

So, we will get 1.159 mol of AlCl3 if we react 123.2 g of Cl2. 

In this last example, we did the calculation in two steps. However, it is mathematically equivalent to perform the two calculations 
sequentially on one line: 

The units still cancel appropriately, and we get the same numerical answer in the end. Sometimes the answer may be slightly 
different from doing it one step at a time because of rounding of the intermediate answers, but the final answers should be 
effectively the same. 

Learning Objectives 
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How many moles of HCl will be produced when 249 g of AlCl3 are reacted according to this chemical equation? 

Solution 

We will do this in two steps: convert the mass of AlCl3 to moles and then use the balanced chemical equation to find the 
number of moles of HCl formed. The molar mass of AlCl3 is 133.33 g/mol, which we have to invert to get the appropriate 
conversion factor: 

Now we can use this quantity to determine the number of moles of HCl that will form. From the balanced chemical equation, 
we construct a conversion factor between the number of moles of AlCl3 and the number of moles of HCl: 

Applying this conversion factor to the quantity of AlCl3, we get 

Alternatively, we could have done this in one line: 

The last digit in our final answer is slightly different because of rounding differences, but the answer is essentially the same. 

How many moles of Al2O3 will be produced when 23.9 g of H2O are reacted according to this chemical equation? 

Answer available at the end of this section. 

A variation of the mole-mass calculation is to start with an amount in moles and then determine an amount of another substance 
in grams. The steps are the same but are performed in reverse order. 

How many grams of NH3 will be produced when 33.9 mol of H2 are reacted according to this chemical equation? 

Solution 

The conversions are the same, but they are applied in a different order. Start by using the balanced chemical equation to 
convert to moles of another substance and then use its molar mass to determine the mass of the final substance. In two 
steps, we have 

Example 

Exercise 

Example 
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Now, using the molar mass of NH3, which is 17.03 g/mol, we get 

How many grams of N2 are needed to produce 2.17 mol of NH3 when reacted according to this chemical equation? 

Answer available at the end of this section. 

It should be a trivial task now to extend the calculations to mass-mass calculations, in which we start with a mass of some 
substance and end with the mass of another substance in the chemical reaction. For this type of calculation, the molar masses 
of two different substances must be used—be sure to keep track of which is which. Again, however, it is important to emphasize 
that before the balanced chemical reaction is used, the mass quantity must first be converted to moles. Then the coefficients of 
the balanced chemical reaction can be used to convert to moles of another substance, which can then be converted to a mass. 

For example, let us determine the number of grams of SO3 that can be produced by the reaction of 45.3 g of SO2 and O2: 

First, we convert the given amount, 45.3 g of SO2, to moles of SO2 using its molar mass (64.06 g/mol): 

Second, we use the balanced chemical reaction to convert from moles of SO2 to moles of SO3: 

Finally, we use the molar mass of SO3 (80.06 g/mol) to convert to the mass of SO3: 

We can also perform all three steps sequentially, writing them on one line as 

We get the same answer. Note how the initial and all the intermediate units cancel, leaving grams of SO3, which is what we are 
looking for, as our final answer. 

What mass of Mg will be produced when 86.4 g of K are reacted? 

Solution 

Exercise 

Example 
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We will simply follow the steps 

mass K → mol K → mol Mg → mass Mg 

In addition to the balanced chemical equation, we need the molar masses of K (39.09 g/mol) and Mg (24.31 g/mol). In one 
line, 

What mass of H2 will be produced when 122 g of Zn are reacted? 

Answer available at the end of this section. 

Summary 

• Mole quantities of one substance can be related to mass quantities using a balanced chemical equation. 
• Mass quantities of one substance can be related to mass quantities using a balanced chemical equation. 
• In all cases, quantities of a substance must be converted to moles before the balanced chemical equation can be used to 

convert to moles of another substance. 

Answers 
Exercise 

0.442 mol 

Exercise 

30.4 g (Note: here we go from a product to a reactant, showing that mole-mass problems can begin and end with any substance in the chemical equation.) 

Exercise 

3.77 g 

Exercise 
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7.3.3: Yields 

• Define and determine theoretical yields, actual yields, and percent yields. 

In all the previous calculations we have performed involving balanced chemical equations, we made two assumptions: 

1. The reaction goes exactly as written. 
2. The reaction proceeds completely. 

In reality, such things as side reactions occur that make some chemical reactions rather messy. For example, in the actual 
combustion of some carbon-containing compounds, such as methane, some CO is produced as well as CO2. However, we will 
continue to ignore side reactions, unless otherwise noted. The second assumption, that the reaction proceeds completely, is 
more troublesome. Many chemical reactions do not proceed to completion as written, for a variety of reasons (some of which 
we will consider in Chapter 13). When we calculate an amount of product assuming that all the reactant reacts, we calculate the 
theoretical yield, an amount that is theoretically produced as calculated using the balanced chemical reaction. 

In many cases, however, this is not what really happens. In many cases, less—sometimes, much less—of a product is made during 
the course of a chemical reaction. The amount that is actually produced in a reaction is called the actual yield. By definition, the 
actual yield is less than or equal to the theoretical yield. If it is not, then an error has been made. 

Both theoretical yields and actual yields are expressed in units of moles or grams. It is also common to see something called a 
percent yield. The percent yield is a comparison between the actual yield and the theoretical yield and is defined as 

It does not matter whether the actual and theoretical yields are expressed in moles or grams, as long as they are expressed in 
the same units. However, the percent yield always has units of percent. Proper percent yields are between 0% and 100%. Again, 
if percent yield is greater than 100%, an error has been made. 

A worker reacts 30.5 g of Zn with nitric acid and evaporates the remaining water to obtain 65.2 g of Zn(NO3)2. What are the 
theoretical yield, the actual yield, and the percent yield? 

Solution 

A mass-mass calculation can be performed to determine the theoretical yield. We need the molar masses of Zn (65.39 g/
mol) and Zn(NO3)2 (189.41 g/mol). In three steps, the mass-mass calculation is: 

Thus, the theoretical yield is 88.3 g of Zn(NO3)2. The actual yield is the amount that was actually made, which was 65.2 g of 
Zn(NO3)2. To calculate the percent yield, we take the actual yield and divide it by the theoretical yield and multiply by 100 
(Equation ): 

Learning Objective 

Example 
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The worker achieved almost three-fourths of the possible yield. 

A synthesis produced 2.05 g of NH3 from 16.5 g of N2. What is the theoretical yield and the percent yield? 

*Technically, this is a reversible reaction (with double arrows), but for this exercise consider it irreversible (single arrow). 

Answer 

theoretical yield = 20.1 g; percent yield = 10.2% 

Summary 

Theoretical yield is the calculated yield using the balanced chemical reaction. Actual yield is what is actually obtained in a 
chemical reaction. Percent yield is a comparison of the actual yield with the theoretical yield. 

Exercise 
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7.3.4: Limiting Reagents 

• Identify a limiting reagent from a set of reactants. 
• Calculate how much product will be produced from the limiting reagent. 
• Calculate how much reactant(s) remains when the reaction is complete. 

In addition to the assumption that reactions proceed all the way to completion, one additional assumption we have made about 
chemical reactions is that all the reactants are present in the proper quantities to react to products; this is not always the case. 
In Figure  we are taking hydrogen atoms and oxygen atoms (left) to make water molecules (right). However, there are not 
enough oxygen atoms to use up all the hydrogen atoms. We run out of oxygen atoms and cannot make any more water molecules, 
so the process stops when we run out of oxygen atoms. 

Figure : Making Water. In this scenario for making water molecules, we run out of O atoms before we use up all the H atoms. Similar 
situations exist for many chemical reactions when one reactant runs out before the other. 

A similar situation exists for many chemical reactions: you usually run out of one reactant before all of the other reactant has 
reacted. The reactant you run out of is called the limiting reagent; the other reactant or reactants are considered to be in excess. 
A crucial skill in evaluating the conditions of a chemical process is to determine which reactant is the limiting reagent and which 
is in excess. 

The key to recognizing which reactant is the limiting reagent is based on a mole-mass or mass-mass calculation: whichever 
reactant gives the lesser amount of product is the limiting reagent. What we need to do is determine an amount of one product 
(either moles or mass), assuming all of each reactant reacts. Whichever reactant gives the least amount of that particular product 
is the limiting reagent. It does not matter which product we use, as long as we use the same one each time. It does not matter 
whether we determine the number of moles or grams of that product; however, we will see shortly that knowing the final mass of 
product can be useful. 

For example, consider this reaction: 

Suppose we start a reaction with 50.0 g of As and 50.0 g of O2. Which one is the limiting reagent? We need to perform two mole-
mass calculations, each assuming that each reactant reacts completely. Then we compare the amount of the product produced 
by each and determine which is less. 
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The calculations are as follows: 

Comparing these two answers, it is clear that 0.334 mol of As2O3 is less than 1.04 mol of As2O3, so arsenic is the limiting 
reagent. If this reaction is performed under these initial conditions, the arsenic will run out before the oxygen runs out. We say 
that the oxygen is "in excess." 

Identifying the limiting reagent, then, is straightforward. However, there are usually two associated questions: (1) what mass of 
product (or products) is then actually formed? and (2) what mass of what reactant is left over? The first question is straightforward 
to answer: simply perform a conversion from the number of moles of product formed to its mass, using its molar mass. For As2O3, 
the molar mass is 197.84 g/mol; knowing that we will form 0.334 mol of As2O3 under the given conditions, we will get 

The second question is somewhat more convoluted to answer. First, we must do a mass-mass calculation relating the limiting 
reagent (here, As) to the other reagent (O2). Once we determine the mass of O2 that reacted, we subtract that from the original 
amount to determine the amount left over. According to the mass-mass calculation, 

Because we reacted 16.0 g of our original O2, we subtract that from the original amount, 50.0 g, to get the mass of O2 remaining: 

50.0 g O2 − 16.0 g O2 reacted = 34.0 g O2 left over 

You must remember to perform this final subtraction to determine the amount remaining; a common error is to report the 16.0 g 
as the amount remaining. 

A 5.00 g quantity of Rb is combined with 3.44 g of MgCl2 according to this chemical reaction: 

What mass of Mg is formed, and what mass of what reactant is left over? 

Solution 

Because the question asks what mass of magnesium is formed, we can perform two mass-mass calculations and determine 
which amount is less. 

Example 
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The 0.711 g of Mg is the lesser quantity, so the associated reactant—5.00 g of Rb—is the limiting reagent. To determine how 
much of the other reactant is left, we have to do one more mass-mass calculation to determine what mass of MgCl2 reacted 
with the 5.00 g of Rb, and then subtract the amount reacted from the original amount. 

Because we started with 3.44 g of MgCl2, we have 

3.44 g MgCl2 − 2.78 g MgCl2 reacted = 0.66 g MgCl2 left 

Given the initial amounts listed, what is the limiting reagent, and what is the mass of the leftover reagent? 

Answer available at the end of this section. 

Summary 

The limiting reagent is the reactant that produces the least amount of product. Mass-mass calculations can determine how much 
product is produced and how much of the other reactants remain. 

Answers 
Exercise 

H2S is the limiting reagent; 1.5 g of MgO are left over. 

Exercise 
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8.1: Homogenous Mixtures 

• Learn terminology involving solutions. 
• Explain the significance of the statement "like dissolves like." 
• Explain why certain substances dissolve in other substances. 

The major component of a solution is called the solvent. The minor component of a solution is called the solute. By major 
and minor we mean whichever component has the greater or lesser presence by mass or by moles. Sometimes this becomes 
confusing, especially with substances with very different molar masses. However, here we will confine the discussion to solutions 
for which the major component and the minor component are obvious. 

Solutions exist for every possible phase of the solute and the solvent. Salt water, for example, is a solution of solid  in liquid 
water, while air is a solution of a gaseous solute (O2) in a gaseous solvent (N2). In all cases, however, the overall phase of the 
solution is the same phase as the solvent. Table  lists some common types of solutions, with examples of each. 

Table : Types of Solutions 

Solvent Phase Solute Phase Example 

gas gas air 

liquid gas carbonated beverages 

liquid liquid ethanol (C2H5OH) in H2O (alcoholic beverages) 

liquid solid salt water 

solid gas H2 gas absorbed by Pd metal 

solid liquid Hg(ℓ) in dental fillings 

solid solid steel alloys 

Figure : Making a saline water solution by dissolving table salt (NaCl) in water. The salt is the solute and the water the solvent. (CC-BY-SA 
3.0; Chris 73). 
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A solution is made by dissolving 1.00 g of sucrose ( ) in 100.0 g of liquid water. Identify the solvent and solute in 
the resulting solution. 

Solution 

Either by mass or by moles, the obvious minor component is sucrose, so it is the solute. Water—the majority component—is 
the solvent. The fact that the resulting solution is the same phase as water also suggests that water is the solvent. 

A solution is made by dissolving 3.33 g of  in 40.0 g of liquid methyl alcohol ( ). Identify the solvent and solute 
in the resulting solution. 

Answer available at the end of this section. 

Like Dissolves Like 

A simple way to predict which compounds will dissolve in other compounds is the phrase "like dissolves like". What this means is 
that polar compounds dissolve polar compounds, nonpolar compounds dissolve nonpolar compounds, but polar and nonpolar do 
not dissolve in each other. 

Even some nonpolar substances dissolve in water but only to a limited degree. Have you ever wondered why fish are able to 
breathe? Oxygen gas, a nonpolar molecule, does dissolve in water—it is this oxygen that the fish take in through their gills. The 
reason we can enjoy carbonated sodas is also due to a nonpolar compound that dissolves in water. Pepsi-cola and all the other 
sodas have carbon dioxide gas, , a nonpolar compound, dissolved in a sugar-water solution. In this case, to keep as much 
gas in solution as possible, the sodas are kept under pressure. 

This general trend of "like dissolves like" is summarized in the following table: 

Table : Summary of Solubilities 

Solute 

(Polarity of Compound) 

Solvent 

(Polarity of Compound) 

Dominant Intermolecular Force Is Solution Formed? 

Polar Polar Dipole-Dipole Force and/or Hydrogen Bond yes 

Non-polar Non-polar Dispersion Force yes 

Polar Non-polar   no 

Non-polar Polar   no 

Ionic Polar Ion-Dipole yes 

Ionic Non-polar   no 

Note that every time charged particles (ionic compounds or polar substances) are mixed, a solution is formed. When particles with 
no charges (nonpolar compounds) are mixed, they will form a solution. However, if substances with charges are mixed with other 
substances without charges, a solution does not form. When an ionic compound is considered "insoluble", it doesn't necessarily 
mean the compound is completely untouched by water. All ionic compounds dissolve to some extent. An insoluble compound just 
doesn't dissolve in any noticeable or appreciable amount. 

What is it that makes a solute soluble in some solvents but not others? 

Example : Sugar and Water 

Exercise 
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The answer is intermolecular interactions. The intermolecular interactions include London dispersion forces, dipole-dipole 
interactions, and hydrogen bonding (as described in Chapter 10). From experimental studies, it has been determined that if 
molecules of a solute experience the same intermolecular forces that the solvent does, the solute will likely dissolve in that solvent. 
So, NaCl—a very polar substance because it is composed of ions—dissolves in water, which is very polar, but not in oil, which is 
generally nonpolar. Nonpolar wax dissolves in nonpolar hexane, but not in polar water. 

Figure : Water (clear liquid) and oil (yellow) do not form liquid solutions. (CC BY-SA 1.0 Generic; Victor Blacus) 

Would I2 be more soluble in CCl4 or H2O? Explain your answer. 

Solution 

I2 is nonpolar. Of the two solvents, CCl4 is nonpolar and H2O is polar, so I2 would be expected to be more soluble in CCl4. 

Would C3H7OH be more soluble in CCl4 or H2O? Explain your answer. 

Answer available at the end of this section. 

Water is considered a polar solvent. Which substances should dissolve in water? 

a. methanol (CH3OH) 
b. sodium sulfate (Na2SO4) 
c. octane (C8H18) 

Solution 

Because water is polar, substances that are polar or ionic will dissolve in it. 

Example : Polar and Nonpolar Solvents 

Exercise 

Example 
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a. Because of the OH group in methanol, we expect its molecules to be polar. Thus, we expect it to be soluble in water. As 
both water and methanol are liquids, the word miscible can be used in place of soluble. 

b. Sodium sulfate is an ionic compound, so we expect it to be soluble in water. 
c. Like other hydrocarbons, octane is nonpolar, so we expect that it would not be soluble in water. 

Toluene (C6H5CH3) is widely used in industry as a nonpolar solvent. Which substances should dissolve in toluene? 

a. water (H2O) 
b. sodium sulfate (Na2SO4) 
c. octane (C8H18) 

Answer available at the end of this section. 

Summary 

• Solutions are composed of a solvent (major component) and a solute (minor component). 
• “Like dissolves like” is a useful rule for deciding if a solute will be soluble in a solvent. 

Contributions & Attributions 

This page was constructed from content via the following contributor(s) and edited (topically or extensively) by the LibreTexts 
development team to meet platform style, presentation, and quality: 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 

Answers 
Exercise 

solute: HCl(g); solvent: CH3OH 

Exercise 

H2O, because both experience hydrogen bonding. 

Exercise 

Octane (C8H18) will dissolve. It is also non-polar. 

Exercise 

This page titled 8.1: Homogenous Mixtures is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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8.2: Solubility and Saturation 

• Define electrolytes and non electrolytes 
• Explain why solutions form. 
• Discuss the idea of water as the "universal solvent". 
• Explain how water molecules attract ionic solids when they dissolve in water. 

We have learned that solutions can be formed in a variety of combinations using solids, liquids, and gases. We also know that 
solutions have constant composition, and that this composition can be varied up to a point to maintain the homogeneous nature 
of the solution. But how exactly do solutions form? Why is it that oil and water will not form a solution, and yet vinegar and water 
will? Why could we dissolve table salt in water, but not in vegetable oil? The reasons why solutions will form will be explored in 
this section, along with a discussion of why water is used most frequently to dissolve substances of various types. 

Solubility and Saturation 

Table salt  readily dissolves in water. In most cases, only a certain maximum amount of solute can be dissolved in a given 
amount of solvent. This maximum amount is specified as the solubility of the solute. It is usually expressed in terms of the 
amount of solute that can dissolve in 100 g of the solvent at a given temperature. Table  lists the solubilities of some simple 
ionic compounds. These solubilities vary widely. NaCl can dissolve up to 31.6 g per 100 g of H2O, while AgCl can dissolve only 
0.00019 g per 100 g of H2O. 

Table : Solubilities of Some Ionic Compounds 

Solute Solubility (g per 100 g of H2O at 25°C) 

AgCl 0.00019 

CaCO3 0.0006 

KBr 70.7 

NaCl 36.1 

NaNO3 94.6 

When the maximum amount of solute has been dissolved in a given amount of solvent, we say that the solution is saturated 
with solute. When less than the maximum amount of solute is dissolved in a given amount of solute, the solution is unsaturated. 
These terms are also qualitative terms because each solute has its own solubility. A solution of 0.00019 g of AgCl per 100 g of 
H2O may be saturated, but with so little solute dissolved, it is also rather dilute. A solution of 36.1 g of NaCl in 100 g of H2O is 
also saturated, but rather concentrated. In some circumstances, it is possible to dissolve more than the maximum amount of a 
solute in a solution. Usually, this happens by heating the solvent, dissolving more solute than would normally dissolve at regular 
temperatures, and letting the solution cool down slowly and carefully. Such solutions are called supersaturated solutions and are 
not stable; given an opportunity (such as dropping a crystal of solute in the solution), the excess solute will precipitate from the 
solution.The figure below illustrates the above process and shows the distinction between unsaturated and saturated. 

Learning Objectives 
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Figure : When   of  is added to  , it all dissolves, forming an unsaturated solution. When   is added,   dissolves 
and   remains undissolved, forming a saturated solution. 

How can you tell if a solution is saturated or unsaturated? If more solute is added and it does not dissolve, then the original 
solution was saturated. If the added solute dissolves, then the original solution was unsaturated. A solution that has been allowed 
to reach equilibrium, but which has extra undissolved solute at the bottom of the container, must be saturated. 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Electrolyte Solutions: Dissolved Ionic Solids 

When some substances are dissolved in water, they undergo either a physical or a chemical change that yields ions in solution. 
These substances constitute an important class of compounds called electrolytes. Substances that do not yield ions when 
dissolved are called nonelectrolytes. If the physical or chemical process that generates the ions is essentially 100% efficient (all 
of the dissolved compound yields ions), then the substance is known as a strong electrolyte (good conductor). If only a relatively 
small fraction of the dissolved substance undergoes the ion-producing process, the substance is a weak electrolyte (does not 
conduct electricity as well). 

Substances may be identified as strong, weak, or nonelectrolytes by measuring the electrical conductance of an aqueous solution 
containing the substance. To conduct electricity, a substance must contain freely mobile, charged species. Most familiar is the 
conduction of electricity through metallic wires, in which case the mobile, charged entities are electrons. Solutions may also 
conduct electricity if they contain dissolved ions, with conductivity increasing as ion concentration increases. Applying a voltage 
to electrodes immersed in a solution permits assessment of the relative concentration of dissolved ions, either quantitatively, by 
measuring the electrical current flow, or qualitatively, by observing the brightness of a light bulb included in the circuit (Figure 

). 

YouTube Video 
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Figure : Solutions of nonelectrolytes, such as ethanol, do not contain dissolved ions and cannot conduct electricity. Solutions of 
electrolytes contain ions that permit the passage of electricity. The conductivity of an electrolyte solution is related to the strength of the 

electrolyte. 

Water and other polar molecules are attracted to ions, as shown in Figure . The electrostatic attraction between an ion and 
a molecule with a dipole is called an ion-dipole attraction. These attractions play an important role in the dissolution of ionic 
compounds in water. 

Figure : As potassium chloride (KCl) dissolves in water, the ions are hydrated. The polar water molecules are attracted by the charges on 

the K+ and Cl− ions. Water molecules in front of and behind the ions are not shown. 

When ionic compounds dissolve in water, the ions in the solid separate and disperse uniformly throughout the solution because 
water molecules surround and solvate the ions, reducing the strong electrostatic forces between them. This process represents 
a physical change known as dissociation. Under most conditions, ionic compounds will dissociate nearly completely when 
dissolved, and so they are classified as strong electrolytes. 

Which compound(s) will dissolve in solution to separate into ions? 

Example : Identifying Ionic Compounds 
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a. 
b. 
c. 

Solution 

 will separate into ions when dissolved in solution, because it is an ionic compound.  and  are both covalent 
and will stay as molecules in a solution. 

Which compounds will dissolve in solution to separate into ions? 

a. C6H12O11, glucose 
b. CCl4 

c. CaCl2 

d. AgNO3 

Answer available at the end of this section. 

How Temperature Influences Solubility 

The solubility of a substance is the amount of that substance that is required to form a saturated solution in a given amount 
of solvent at a specified temperature. Solubility is often measured as the grams of solute per   of solvent. The solubility 
of sodium chloride in water is   per   water at . The temperature must be specified because solubility varies 
with temperature. For gases, the pressure must also be specified. Solubility is specific for a particular solvent. We will consider 
solubility of material in water as solvent. 

The solubility of the majority of solid substances increases as the temperature increases. However, the effect is difficult to predict 
and varies widely from one solute to another. The temperature dependence of solubility can be visualized with the help of a 
solubility curve, a graph of the solubility vs. temperature (Figure ). 

Figure : Solubility curves for several compounds. 

Notice how the temperature dependence of  is fairly flat, meaning that an increase in temperature has relatively little effect 
on the solubility of . The curve for , on the other hand, is very steep and so an increase in temperature dramatically 
increases the solubility of . 

Exercise 
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Several substances— , , and —have solubility that decreases as temperature increases. They are all gases at standard 
pressure. When a solvent with a gas dissolved in it is heated, the kinetic energy of both the solvent and solute increase. As the 
kinetic energy of the gaseous solute increases, its molecules have a greater tendency to escape the attraction of the solvent 
molecules and return to the gas phase. Therefore, the solubility of a gas decreases as the temperature increases. 

Solubility curves can be used to determine if a given solution is saturated or unsaturated. Suppose that   of  is added 
to   of water at . According to the solubility curve, approximately   of  will dissolve at . This means that 
the solution will be saturated since   is less than  . We can also determine that there will be     of undissolved 

 remaining at the bottom of the container. Now suppose that this saturated solution is heated to . According to the 
curve, the solubility of  at  is about  . Now the solution is unsaturated since it contains only the original   of 
dissolved solute. Now suppose the solution is cooled all the way down to . The solubility at  is about  , meaning that 

   of the  will re-crystallize. 

Summary 

• Solubility is the specific amount of solute that can dissolve in a given amount of solvent. 
• Saturated and unsaturated solutions are defined. 
• Ionic compounds dissolve in polar solvents, especially water. This occurs when the positive cation from the ionic solid is 

attracted to the negative end of the water molecule (oxygen) and the negative anion of the ionic solid is attracted to the 
positive end of the water molecule (hydrogen). 

• Water is considered the universal solvent since it can dissolve both ionic and polar solutes, as well as some nonpolar solutes 
(in very limited amounts). 

• The solubility of a solid in water increases with an increase in temperature. 

Vocabulary 

• Miscible - Liquids that have the ability to dissolve in each other. 
• Immiscible - Liquids that do not have the ability to dissolve in each other. 
• Electrostatic attraction - The attraction of oppositely charged particles. 

Contributions & Attributions 

This page was constructed from content via the following contributor(s) and edited (topically or extensively) by the LibreTexts 
development team to meet platform style, presentation, and quality: 

• 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 

Answers 
Exercise 

c & d 
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8.3: Gas Solubility 

• Explain how temperature and pressure affect the solubility of gases. 

In an earlier module of this chapter, the effect of intermolecular attractive forces on solution formation was discussed. The 
chemical structures of the solute and solvent dictate the types of forces possible and, consequently, are important factors in 
determining solubility. For example, under similar conditions, the water solubility of oxygen is approximately three times greater 
than that of helium, but 100 times less than the solubility of chloromethane, CHCl3. Considering the role of the solvent’s chemical 
structure, note that the solubility of oxygen in the liquid hydrocarbon hexane, C6H14, is approximately 20 times greater than it is 
in water. 

Other factors also affect the solubility of a given substance in a given solvent. Temperature is one such factor, with gas solubility 
typically decreasing as temperature increases (Figure ). This is one of the major impacts resulting from the thermal pollution 
of natural bodies of water. 

Figure : The solubilities of these gases in water decrease as the temperature increases. All solubilities were measured with a constant 
pressure of 101.3 kPa (1 atm) of gas above the solutions. 

When the temperature of a river, lake, or stream is raised abnormally high, usually due to the discharge of hot water from some 
industrial process, the solubility of oxygen in the water is decreased. Decreased levels of dissolved oxygen may have serious 
consequences for the health of the water’s ecosystems and, in severe cases, can result in large-scale fish kills (Figure ). 

Learning Objectives 
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Figure : (a) The small bubbles of air in this glass of chilled water formed when the water warmed to room temperature and the solubility of 
its dissolved air decreased. (b) The decreased solubility of oxygen in natural waters subjected to thermal pollution can result in large-scale fish 

kills. (Credit a: modification of work by Liz West; credit b: modification of work by U.S. Fish and Wildlife Service.) 

The solubility of a gaseous solute is also affected by the partial pressure of solute in the gas to which the solution is exposed. Gas 
solubility increases as the pressure of the gas increases. Carbonated beverages provide a nice illustration of this relationship. 
The carbonation process involves exposing the beverage to a relatively high pressure of carbon dioxide gas and then sealing the 
beverage container, thus saturating the beverage with CO2 at this pressure. When the beverage container is opened, a familiar 
hiss is heard as the carbon dioxide gas pressure is released, and some of the dissolved carbon dioxide is typically seen leaving 
solution in the form of small bubbles (Figure ). At this point, the beverage is supersaturated with carbon dioxide and, with 
time, the dissolved carbon dioxide concentration will decrease to its equilibrium value and the beverage will become “flat.” 

Figure : Opening the bottle of carbonated beverage reduces the pressure of the gaseous carbon dioxide above the beverage. The 
solubility of CO2 is thus lowered, and some dissolved carbon dioxide may be seen leaving the solution as small gas bubbles. (Credit: 

modification of work by Derrick Coetzee.) 

The dissolution in a liquid, also known as fizz, usually involves carbon dioxide under high pressure. When the pressure 
is reduced, the carbon dioxide is released from the solution as small bubbles, which causes the solution to become 
effervescent, or fizzy. A common example is the dissolving of carbon dioxide in water, resulting in carbonated water. 

"Fizz" 
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Carbon dioxide is weakly soluble in water, therefore it separates into a gas when the pressure is released. This process 
is generally represented by the following reaction, where a pressurized dilute solution of carbonic acid in water releases 
gaseous carbon dioxide at decompression: 

In simple terms, it is the result of the chemical reaction occurring in the liquid which produces a gaseous product. 

For many gaseous solutes, the relation between solubility, , and partial pressure, , is a proportional one: 

where k is a proportionality constant that depends on the identities of the gaseous solute and solvent, and on the solution 
temperature. This is a mathematical statement of Henry’s law: The quantity of an ideal gas that dissolves in a definite volume of 
liquid is directly proportional to the pressure of the gas. 

At 20 °C, the concentration of dissolved oxygen in water exposed to gaseous oxygen at a partial pressure of 101.3 kPa (760 

torr) is 1.38 × 10−3 mol L−1. Use Henry’s law to determine the solubility of oxygen when its partial pressure is 20.7 kPa (155 
torr), the approximate pressure of oxygen in earth’s atmosphere. 

Solution 

According to Henry’s law, for an ideal solution the solubility, , of a gas (1.38 × 10−3 mol L−1, in this case) is directly 
proportional to the pressure, , of the undissolved gas above the solution (101.3 kPa, or 760 torr, in this case). Because we 
know both  and , we can rearrange this expression to solve for k. 

Now we can use k to find the solubility at the lower pressure. 

Note that various units may be used to express the quantities involved in these sorts of computations. Any combination of 
units that yield to the constraints of dimensional analysis are acceptable. 

A 100.0 mL sample of water at 0 °C to an atmosphere containing a gaseous solute at 20.26 kPa (152 torr) resulted in the 

dissolution of 1.45 × 10−3 g of the solute. Use Henry’s law to determine the solubility of this gaseous solute when its pressure 
is 101.3 kPa (760 torr). 

Answer available at the end of this section. 

Example : Application of Henry’s Law 

Exercise 
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Decompression sickness (DCS), or “the bends,” is an effect of the increased pressure of the air inhaled by scuba divers when 
swimming underwater at considerable depths. In addition to the pressure exerted by the atmosphere, divers are subjected 
to additional pressure due to the water above them, experiencing an increase of approximately 1 atm for each 10 m of depth. 
Therefore, the air inhaled by a diver while submerged contains gases at the corresponding higher ambient pressure, and the 
concentrations of the gases dissolved in the diver’s blood are proportionally higher per Henry’s law. 

As the diver ascends to the surface of the water, the ambient pressure decreases and the dissolved gases becomes less 
soluble. If the ascent is too rapid, the gases escaping from the diver’s blood may form bubbles that can cause a variety 
of symptoms ranging from rashes and joint pain to paralysis and death. To avoid DCS, divers must ascend from depths at 
relatively slow speeds (10 or 20 m/min) or otherwise make several decompression stops, pausing for several minutes at given 
depths during the ascent. When these preventative measures are unsuccessful, divers with DCS are often provided hyperbaric 
oxygen therapy in pressurized vessels called decompression (or recompression) chambers (Figure ). 

Figure : (a) US Navy divers undergo training in a recompression chamber. (b) Divers receive hyperbaric oxygen therapy. 

Deviations from Henry’s law are observed when a chemical reaction takes place between the gaseous solute and the solvent. 
Thus, for example, the solubility of ammonia in water does not increase as rapidly with increasing pressure as predicted by the 
law because ammonia, being a base, reacts to some extent with water to form ammonium ions and hydroxide ions. 

This reaction diagram shows three H atoms bonded to an N atom above, below, and two the left of the N. A single pair of dots is 
present on the right side of the N. This is followed by a plus, then two H atoms bonded to an O atom to the left and below the O. 
Two pairs of dots are present on the O, one above and the other to the right of the O. A double arrow, with a top arrow pointing 
right and a bottom arrow pointing left follows. To the right of the double arrow, four H atoms are shown bonded to a central N 

atom. These 5 atoms are enclosed in brackets with a superscript plus outside. A plus follows, then an O atom linked by a bond to 
an H atom on its right. The O atom has pairs of dots above, to the left, and below the atom. The linked O and H are enclosed in 

brackets with superscript minus outside. 

Gases can form supersaturated solutions. If a solution of a gas in a liquid is prepared either at low temperature or under pressure 
(or both), then as the solution warms or as the gas pressure is reduced, the solution may become supersaturated. 

Contributions & Attributions 

This page was constructed from content via the following contributor(s) and edited (topically or extensively) by the LibreTexts 
development team to meet platform style, presentation, and quality: 
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• Wikipedia 

• Paul Flowers (University of North Carolina - Pembroke), Klaus Theopold (University of Delaware) and Richard Langley 
(Stephen F. Austin State University) with contributing authors. Textbook content produced by OpenStax College is licensed 
under a Creative Commons Attribution License 4.0 license. Download for free at http://cnx.org/contents/
85abf193-2bd...a7ac8df6@9.110). 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 

Answers 
Exercise 

7.25 × 10−3 g 
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8.4: Mass Percents 

• Express the amount of solute in a solution in various concentration units. 

To define a solution precisely, we need to state its concentration: how much solute is dissolved in a certain amount of solvent. 
Words such as dilute or concentrated are used to describe solutions that have a little or a lot of dissolved solute, respectively, but 
these are relative terms with meanings that depend on various factors. 

Introduction 

Concentration is the measure of how much of a given substance is mixed with another substance. Solutions are said to be either 
dilute or concentrated. When we say that vinegar is  acetic acid in water, we are giving the concentration. If we said the mixture 
was  acetic acid, this would be more concentrated than the vinegar solution. 

Figure : The solution on the left is more concentrated than the solution on the right because there is a greater ratio of solute (red balls) to 
solvent (blue balls) particles. The solution particles are closer together. The solution on the right is more dilute (less concentrated). (CC-SA-

BY-3.0 Tracy Poulsen). 

A concentrated solution is one in which there is a large amount of solute in a given amount of solvent. A dilute solution is one 
in which there is a small amount of solute in a given amount of solvent. A dilute solution is a concentrated solution that has 
been, in essence, watered down. Think of the frozen juice containers you buy in the grocery store. To make juice, you have to mix 
the frozen juice concentrate from inside these containers with three or four times the container size full of water. Therefore, you 
are diluting the concentrated juice. In terms of solute and solvent, the concentrated solution has a lot of solute versus the dilute 
solution that would have a smaller amount of solute. 

The terms "concentrated" and "dilute" provide qualitative methods of describing concentration. Although qualitative observations 
are necessary and have their place in every part of science, including chemistry, we have seen throughout our study of science 
that there is a definite need for quantitative measurements in science. This is particularly true in solution chemistry. In this 
section, we will explore some quantitative methods of expressing solution concentration. 

Mass Percent 

There are several ways of expressing the concentration of a solution by using a percentage. The mass/mass percent (% m/m) is 
defined as the mass of a solute divided by the mass of a solution times 100: 

mass of solution = mass of solute + mass solvent 

If you can measure the masses of the solute and the solution, determining the mass/mass percent is easy. Each mass must be 
expressed in the same units to determine the proper concentration. 

Suppose that a solution was prepared by dissolving   of sugar into   of water. 

Learning Objectives 
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The mass of the solution is 

mass of solution = 25.0g sugar + 100.0g water = 125.0 g 

The percent by mass would be calculated by: 

A saline solution with a mass of 355 g has 36.5 g of NaCl dissolved in it. What is the mass/mass percent concentration of 
the solution? 

Solution 

We can substitute the quantities given in the equation for mass/mass percent: 

A dextrose (also called D-glucose, C6H12O6) solution with a mass of 2.00 × 102 g has 15.8 g of dextrose dissolved in it. What 
is the mass/mass percent concentration of the solution? 

Answer available at the end of this section. 

Using Mass Percent in Calculations 

Sometimes you may want to make up a particular mass of solution of a given percent by mass and need to calculate what mass of 
the solute to use. Using mass percent as a conversion can be useful in this type of problem. The mass percent can be expressed 
as a conversion factor in the form  or 

For example, if you need to make   of a  solution of sodium chloride, the mass of solute needs to be determined. 

Solution 

Given: 3000.0 g NaCl solution 

5.00% NaCl solution 

Find: mass of solute = ? g NaCl 

Other known quantities: 5.00 g NaCl is to 100 g solution 

The appropriate conversion factor (based on the given mass percent) can be used follows: 

Example 

Exercise 
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To solve for the mass of NaCl, the given mass of solution is multiplied by the conversion factor. 

You would need to weigh out   of  and add it to   of water. Notice that it was necessary to subtract the mass of the 
  from the mass of solution  to calculate the mass of the water that would need to be added. 

What is the amount (in g) of hydrogen peroxide (H2O2) needed to make a 6.00 kg, 3.00 % (by mass) H2O2 solution? 

Answer 

180 g H2O2 

Contributors and Attributions 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 
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7.90 % 
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8.5: Molarity 

• Use molarity to determine quantities in chemical reactions. 
• Use molarity as a conversion factor in calculations. 

Another way of expressing concentration is to give the number of moles of solute per unit volume of solution. Of all the 
quantitative measures of concentration, molarity is the one used most frequently by chemists. Molarity is defined as the number 
of moles of solute per liter of solution. 

The symbol for molarity is  or moles/liter. Chemists also use square brackets to indicate a reference to the molarity of a 
substance. For example, the expression  refers to the molarity of the silver ion in solution. Solution concentrations expressed 
in molarity are the easiest to perform calculations with, but the most difficult to make in the lab. Such concentration units are 
useful for discussing chemical reactions in which a solute is a product or a reactant. Molar mass can then be used as a conversion 
factor to convert amounts in moles to amounts in grams. 

It is important to remember that “mol” in this expression refers to moles of solute and that “L” refers to liters of solution. For 
example, if you have 1.5 mol of NaCl dissolved in 0.500 L of solution, its molarity is 

Sometimes (aq) is added when the solvent is water, as in “3.0 M NaCl (aq).” This is read as "a 3.00 molar sodium chloride 
solution," meaning that there are 3.00 moles of NaOH dissolved per one liter of solution. 

Be sure to note that molarity is calculated as the total volume of the entire solution, not just volume of solvent! The 
solute contributes to total volume. 

If the quantity of the solute is given in mass units, you must convert mass units to mole units before using the definition of 
molarity to calculate concentration. For example, what is the molar concentration of a solution of 22.4 g of HCl dissolved in 1.56 
L? 

First, convert the mass of solute to moles using the molar mass of HCl (36.5 g/mol): 

Now we can use the definition of molarity to determine a concentration: 

Before a molarity concentration can be calculated, the amount of the solute must be expressed in moles, and the volume of the 
solution must be expressed in liters, as demonstrated in the following example. 

A solution is prepared by dissolving   of  into enough water to make   of solution. Calculate its molarity. 

Solution 

Learning Objectives 

Example 
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Steps for 
Problem 
Solving 

Identify the 
"given" 
information 
and what 
the 
problem is 
asking you 
to "find." 

Given: 

Mass    

Volume solution     

Find: Molarity = ? M 

List other 
known 
quantities. 

Molar mass   

Plan the 
problem. 

1. The mass of the ammonium chloride is first converted to moles. 

2. Then the molarity is calculated by dividing by liters. Note the given volume has been converted to liters. 

Cancel 
units and 
calculate. 

Now substitute the known quantities into the equation and solve. 

Think 
about your 
result. 

The molarity is  , meaning that a liter of the solution would contain   . Four significant figures are 
appropriate. 
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What is the molarity of a solution made when 66.2 g of C6H12O6 are dissolved to make 235 mL of solution? 

Answer available at the end of this section. 

What is the concentration, in , where   of  has been dissolved in enough water to make   of solution? 

Answer available at the end of this section. 

Using Molarity in Calculations 

Concentration can be a conversion factor between the amount of solute and the amount of solution or solvent (depending on the 
definition of the concentration unit). As such, concentrations can be useful in a variety of stoichiometry problems. In many cases, 
it is best to use the original definition of the concentration unit; it is that definition that provides the conversion factor. 

A simple example of using a concentration unit as a conversion factor is one in which we use the definition of the concentration 
unit and rearrange; we can do the calculation again as a unit conversion, rather than as a definition. 

Determining Moles of Solute, Given the Concentration and Volume of a Solution 

For example, suppose we ask how many moles of solute are present in 0.108 L of a 0.887 M NaCl solution. Because 0.887 M 
means 0.887 mol/L, we can use this second expression for the concentration as a conversion factor: 

Solution 

If we used the definition approach, we get the same answer, but now we are using conversion factor skills. Like any other 
conversion factor that relates two different types of units, the reciprocal of the concentration can be also used as a conversion 
factor. 

Exercise 

Exercise 
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Determining Volume of a Solution, Given the Concentration and Moles of Solute 

Using concentration as a conversion factor, how many liters of 2.35 M CuSO4 are needed to obtain 4.88 mol of CuSO4? 

Solution 

This is a one-step conversion, but the concentration must be written as the reciprocal for the units to work out: 

In a laboratory situation, a chemist must frequently prepare a given volume of solutions of a known molarity. The task is to 
calculate the mass of the solute that is necessary. The molarity equation can be rearranged to solve for moles, which can then be 
converted to grams. The following example illustrates this. 

A chemist needs to prepare   of a   solution of potassium permanganate . What mass of  does 
she need to make the solution? 

Solution 

Steps for 
Problem 
Solving 

Identify the 
"given" 
information 
and what 
the 
problem is 
asking you 
to "find." 

Given: 

Molarity   

Volume   

Find: Mass   

Example 

286 (8.5.4)



Steps for 
Problem 
Solving 

List other 
known 
quantities. 

Molar mass   

0.250 mol KMnO4 to 1 L of KMnO4 solution 

Plan the 
problem. 

Cancel 
units and 
calculate. 

Now substitute the known quantities into the equation and solve. 

Think 
about your 
result. 

When   of potassium permanganate is dissolved into water to make   of solution, the molarity is  . 

Using concentration as a conversion factor, how many liters of 0.0444 M CH2O are needed to obtain 0.0773 mol of CH2O? 

Answer available at the end of this section. 

Answer the problems below using concentration as a conversion factor. 

a. What mass of solute is present in 1.08 L of 0.0578 M H2SO4? 
b. What volume of 1.50 M HCl solution contains 10.0 g of hydrogen chloride? 

Answer a available at the end of this section. 

Exercise 

Exercise 
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• Square brackets are often used to represent concentration, e.g., [NaOH] = 0.50 M. 
• Use the capital letter M for molarity, not a lower case m (this is a different concentration unit called molality). 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

Watch as the Flinn Scientific Tech Staff demonstrates "How To Prepare Solutions." 

It is important to note that there are many different ways you can set up and solve your chemistry equations. Some students 
prefer to answer multi-step calculations in one long step, while others prefer to work out each step individually. Neither method 
is necessarily better or worse than the other method—whichever makes the most sense to you is the one that you should use. In 
this text, we will typically use unit analysis (also called dimension analysis or factor analysis). 

Contributors and Attributions 

• Peggy Lawson (Oxbow Prairie Heights School). Funded by Saskatchewan Educational Technology Consortium. 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 

Answers 
Exercise 

1.57 M C6H12O6 
Exercise 

4.69 M NaCl 

Exercise 

1.74 L 

Exercise 

6.12 g 

183 mL or 0.183L 

How to Indicate Concentration 

YouTube Video 

This page titled 8.5: Molarity is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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8.6: Dilutions 

• Explain how concentrations can be changed in the lab. 
• Understand how stock solutions are used in the laboratory. 

We are often concerned with how much solute is dissolved in a given amount of solution. We will begin our discussion of solution 
concentration with two related and relative terms: dilute and concentrated. 

• A dilute solution is one in which there is a relatively small amount of solute dissolved in the solution. 
• A concentrated solution contains a relatively large amount of solute. 

These two terms do not provide any quantitative information (actual numbers), but they are often useful in comparing solutions 
in a more general sense. These terms also do not tell us whether or not the solution is saturated or unsaturated, or whether the 
solution is "strong" or "weak". These last two terms will have special meanings when we discuss acids and bases, so be careful not 
to confuse them. 

Stock Solutions 

It is often necessary to have a solution with a concentration that is very precisely known. Solutions containing a precise mass 
of solute in a precise volume of solution are called stock (or standard) solutions. To prepare a standard solution, a piece of 
lab equipment called a volumetric flask should be used. These flasks range in size from 10 mL to 2000 mL and are carefully 
calibrated to a single volume. On the narrow stem is a calibration mark. The precise mass of solute is dissolved in a bit of the 
solvent, and this is added to the flask. Then, enough solvent is added to the flask until the level reaches the calibration mark. 

Often, it is convenient to prepare a series of solutions of known concentrations by first preparing a single stock solution, as 
described in the previous section. Aliquots (carefully measured volumes) of the stock solution can then be diluted to any desired 
volume. In other cases, it may be inconvenient to weigh a small mass of sample accurately enough to prepare a small volume of 
a dilute solution. Each of these situations requires that a solution be diluted to obtain the desired concentration. 

Dilutions of Stock (or Standard) Solutions 

Imagine we have a salt water solution with a certain concentration. That means we have a certain amount of salt (a certain mass 
or a certain number of moles) dissolved in a certain volume of solution. Next, we will dilute this solution. This is done by adding 
more water, not more salt: 

  

Before Dilution and After Dilution 

The molarity of solution 1 is 

and the molarity of solution 2 is 

Learning Objectives 
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rearrange the equations to find moles: 

and 

What stayed the same and what changed between the two solutions? By adding more water, we changed the volume of the 
solution. Doing so also changed its concentration. However, the number of moles of solute did not change. So, 

Therefore 

where 

•  and  are the concentrations of the original and diluted solutions 
•  and  are the volumes of the two solutions 

Preparing dilutions is a common activity in the chemistry lab and elsewhere. Once you understand the above relationship, the 
calculations are simple. 

Suppose that you have   of a   solution of . You dilute the solution by adding enough water to make the solution 
volume  . The new molarity can easily be calculated by using the above equation and solving for . 

The solution has been diluted by one-fifth since the new volume is five times as great as the original volume. Consequently, the 
molarity is one-fifth of its original value. 

Another common dilution problem involves calculating what amount of a highly concentrated solution is required to make a 
desired quantity of solution of lesser concentration. The highly concentrated solution is typically referred to as the stock solution. 

Nitric acid  is a powerful and corrosive acid. When ordered from a chemical supply company, its molarity is  . 
How much of the stock solution of nitric acid needs to be used to make   of a   solution? 

Solution 

Example : Diluting Nitric Acid 
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Steps for 
Problem 
Solving 

Identify the 
"given" 
information 
and what 
the 
problem is 
asking you 
to "find." 

Given: 

M1, Stock   

  

  

Find: Volume stock   

List other 
known 
quantities. 

none 

Plan the 
problem. 

First, rearrange the equation algebraically to solve for . 

Calculate 
and cancel 
units. 

Now substitute the known quantities into the equation and solve. 

Think 
about your 
result. 

  of the stock  needs to be diluted with water to a final volume of  . The dilution is by a factor of 32 to go 
from   to  . 

A 0.885 M solution of KBr with an initial volume of 76.5 mL has more water added until its concentration is 0.500 M. What 
is the new volume of the solution? 

Answer 

135.4 mL 

Note that the calculated volume will have the same dimensions as the input volume, and dimensional analysis tells us that 
in this case we don't need to convert to liters, since L cancels when we divide M (mol/L) by M (mol/L). 

Exercise 
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Diluting and Mixing Solutions 

This interactive element is not available in this format. 
Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

How to Dilute a Solution by CarolinaBiological 

Contributions & Attributions 

This page was constructed from content via the following contributor(s) and edited (topically or extensively) by the LibreTexts 
development team to meet platform style, presentation, and quality: 

• Ed Vitz (Kutztown University), John W. Moore (UW-Madison), Justin Shorb (Hope College), Xavier Prat-Resina (University of 
Minnesota Rochester), Tim Wendorff, and Adam Hahn. 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 

YouTube Video 

This page titled 8.6: Dilutions is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts. 
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8.6.1: Serial Dilutions [Under Construction] 

This page titled 8.6.1: Serial Dilutions [Under Construction] is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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8.7: Solution Stoichiometry (Titration) 

• Determine amounts of reactants or products in aqueous solutions. 

As we learned previously, double replacement reactions involve the reaction between ionic compounds in solution and, in the 
course of the reaction, the ions in the two reacting compounds are “switched” (they replace each other). Because these reactions 
occur in aqueous solution, we can use the concept of molarity to directly calculate the number of moles of reactants or products 
that will be formed, and therefore their amounts (i.e. volume of solutions or mass of precipitates). 

As an example, lead (II) nitrate and sodium chloride react to form sodium nitrate and the insoluble compound, lead (II) chloride. 

In the reaction shown above, if we mixed 0.123 L of a 1.00 M solution of  with 1.50 M solution of , we could calculate 
the volume of  solution needed to completely precipitate the  ions. 

The molar concentration can also be expressed as the following: 

and 

First, we must examine the reaction stoichiometry in the balanced reaction (Equation ). In this reaction, one mole of 
 reacts with two moles of  to give one mole of  precipitate. Thus, the concept map utilizing the stoichiometric 

ratios is: 

Learning Objectives 
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so the volume of lead (II) nitrate that reacted is calculated as: 

This volume makes intuitive sense for two reasons: (1) the number of moles of  required is half of the number of moles 
of , based off of the stoichiometry in the balanced reaction (Equation ); (2) the concentration of  solution is 
50% greater than the  solution, so less volume is needed. 

What volume (in L) of 0.500 M sodium sulfate will react with 275 mL of 0.250 M barium chloride to completely precipitate 
all  in the solution? 

Solution 

Steps for 
Problem 
Solving 

Example 

Identify the 
"given" 
information 
and what 
the 
problem is 
asking you 
to "find." 

Given: 275 mL BaCl2 

0.250 M  or 

0.500 M  or 

Find: Volume  solution. 

Set up and 
balance 
the 
chemical 
equation. 

 

An insoluble product is formed after the reaction. 

List other 
known 
quantities. 

1 mol of Na2SO4 to 1 mol BaCl2 

1000 mL = 1 L 

Prepare a 
concept 
map and 
use the 
proper 
conversion 
factor. 

Example 
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Steps for 
Problem 
Solving 

Example 

Cancel 
units and 
calculate. 

     = 0.1375 L sodium 

sulfate 

Think 
about your 
result. 

The lesser amount (almost half) of sodium sulfate is to be expected as it is more 
concentrated than barium chloride. Also, the units are correct. 

What volume of 0.250 M lithium hydroxide will completely react with 0.500 L of 0.250 M of sulfuric acid solution? 

Answer available at the end of this section. 

Contributions & Attributions 

This page was constructed from content via the following contributor(s) and edited (topically or extensively) by the LibreTexts 
development team to meet platform style, presentation, and quality: 

• Paul R. Young, Professor of Chemistry, University of Illinois at Chicago, Wiki: AskTheNerd; PRY﹫ askthenerd.com - pyoung﹫ 
uic.edu; ChemistryOnline.com 

• Marisa Alviar-Agnew (Sacramento City College) 

• Henry Agnew (UC Davis) 

Answers 
Exercise 

1.00 L  solution 

Exercise 

This page titled 8.7: Solution Stoichiometry (Titration) is shared under a CC BY-SA 4.0 license and was authored, remixed, and/or curated by 
LibreTexts. 
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9: CHAPTER 8A - ACIDS, BASES AND PH 

• Topic hierarchy

9.1: Strong and Weak Acids and Bases (Conceptual Introduction) 
9.1.1: Ionization of Acids in Solution (Ka values and Comparative strengths) 

9.2: The pH Scale (Acidic/Basic/Neutral solutions) 
9.2.1: Autoionization of Water (Ionic constant) and Calculator skills 

9.2.2: Hydroniun ion concentration 

9.2.2.1: The pH and pOH Scales - Ways to Express Acidity and Basicity 

9.2.2.2: Finding the [H3O+] and pH of Strong and Weak Acid Solutions 

9.3: Acid–Base Titration 

9.4: Definition and Properties of Acids and Bases 
9.4.1: Arrhenius Acids and Bases 

9.4.1.1: Properties of acids and bases 

9.4.1.2: 8.1.1.1 Nomenclature of acids and bases 

9.4.1.3: Naming Acids and Bases [Under Construction] 

9.4.2: Brønsted-Lowry Acids and Bases 

9.4.2.1: Amphoteric nature of water 

This page titled 9: Chapter 8A - Acids, bases and pH is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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9.1: Strong and Weak Acids and Bases (Conceptual 
Introduction) 

• Define a strong and a weak acid and base. 
• Recognize an acid or a base as strong or weak. 
• Determine if a salt produces an acidic or a basic solution. 

Except for their names and formulas, so far we have treated all acids as equals, especially in a chemical reaction. However, acids 
can be very different in a very important way. Consider . When  is dissolved in , it completely dissociates into 

 and  ions; all the  molecules become ions: 

Any acid that dissociates 100% into ions is called a strong acid. If it does not dissociate 100%, it is a weak acid. Acetic acid (
) is an example of a weak acid: 

Because this reaction does not go 100% to completion, it is more appropriate to write it as a reversible reaction: 

As it turns out, there are very few strong acids, which are given in Table . If an acid is not listed here, it is a weak acid. It may 
be 1% ionized or 99% ionized, but it is still classified as a weak acid. 

Table : Strong Acids and Bases 

Acids Bases 

HCl LiOH 

HBr NaOH 

HI KOH 

HNO3 RbOH 

H2SO4 CsOH 

HClO3 Mg(OH)2 

HClO4 Ca(OH)2 

  Sr(OH)2 

  Ba(OH)2 

The issue is similar with bases: a strong base is a base that is 100% ionized in solution. If it is less than 100% ionized in 
solution, it is a weak base. There are very few strong bases (Table ); any base not listed is a weak base. All strong bases are 

OH– compounds. So a base dependent on some other mechanism, such as NH3 (which does not contain OH− ions as part of its 
formula), will be a weak base. 
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Identify each acid or base as strong or weak. 

a. HCl 
b. Mg(OH)2 
c. C5H5N 

Solution 

a. Because HCl is listed in Table , it is a strong acid. 
b. Because Mg(OH)2 is listed in Table , it is a strong base. 
c. The nitrogen in C5H5N would act as a proton acceptor and therefore can be considered a base, but because it does not 

contain an OH compound, it cannot be considered a strong base; it is a weak base. 

Identify each acid or base as strong or weak. 

a. RbOH 
b. HNO2 

Answer a available at the end of this section. 

Write the balanced chemical equation for the dissociation of Ca(OH)2 and indicate whether it proceeds 100% to products or 
not. 

Solution 

This is an ionic compound of Ca2+ ions and OH− ions. When an ionic compound dissolves, it separates into its constituent 
ions: 

Because Ca(OH)2 is listed in Table , this reaction proceeds 100% to products. 

Write the balanced chemical equation for the dissociation of hydrazoic acid (HN3) and indicate whether it proceeds 100% 
to products or not. 

Answer available at the end of this section. 

Certain salts will also affect the acidity or basicity of aqueous solutions because some of the ions will undergo hydrolysis, just 
like NH3 does, to make a basic solution. The general rule is that salts with ions that are part of strong acids or bases will not 
hydrolyze, while salts with ions that are part of weak acids or bases will hydrolyze. 

Consider NaCl. When it dissolves in an aqueous solution, it separates into Na+ ions and Cl− ions: 

Example 

Exercise 

Example 

Exercise 
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Will the Na+(aq) ion hydrolyze? If it does, it will interact with the OH− ion to make NaOH: 

However, NaOH is a strong base, which means that it is 100% ionized in solution: 

The free OH−(aq) ion reacts with the H+(aq) ion to remake a water molecule: 

The net result? There is no change, so there is no effect on the acidity or basicity of the solution from the Na+(aq) ion. What about 

the Cl− ion? Will it hydrolyze? If it does, it will take an H+ ion from a water molecule: 

However, HCl is a strong acid, which means that it is 100% ionized in solution: 

The free H+(aq) ion reacts with the OH−(aq) ion to remake a water molecule: 

The net result? There is no change, so there is no effect on the acidity or basicity of the solution from the Cl−(aq) ion. Because 
neither ion in NaCl affects the acidity or basicity of the solution, NaCl is an example of a neutral salt. A neutral salt is any ionic 
compound that does not affect the acidity or basicity of its aqueous solution. 

Things change, however, when we consider a salt like NaC2H3O2. We already know that the Na+ ion won't affect the acidity of 

the solution. What about the acetate ion? If it hydrolyzes, it will take an H+ from a water molecule: 

Does this happen? Yes, it does. Why? Because HC2H3O2 is a weak acid. Any chance a weak acid has to form, it will (the same 

with a weak base). As some C2H3O2
− ions hydrolyze with H2O to make the molecular weak acid, OH− ions are produced. OH− 

ions make solutions basic. Thus NaC2H3O2 solutions are slightly basic, so such a salt is called a basic salt. 

There are also salts whose aqueous solutions are slightly acidic. NH4Cl is an example. When NH4Cl is dissolved in H2O, it 

separates into NH4
+ ions and Cl− ions. We have already seen that the Cl− ion does not hydrolyze. However, the NH4

+ ion will: 

Recall from Section 12.2, that H3O+ ion is the hydronium ion, the more chemically proper way to represent the H+ ion. This is 

the classic acid species in solution, so a solution of NH4
+(aq) ions is slightly acidic. NH4Cl is an example of an acid salt. The 

molecule NH3 is a weak base, and it will form when it can, just like a weak acid will form when it can. 

So there are two general rules: 

1. If an ion derives from a strong acid or base, it will not affect the acidity of the solution. 
2. If an ion derives from a weak acid, it will make the solution basic; if an ion derives from a weak base, it will make the solution 

acidic. 
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Identify each salt as acidic, basic, or neutral. 

a. KCl 
b. KNO2 
c. NH4Br 

Solution 

a. The ions from KCl derive from a strong acid (HCl) and a strong base (KOH). Therefore, neither ion will affect the acidity 
of the solution, so KCl is a neutral salt. 

b. Although the K+ ion derives from a strong base (KOH), the NO2
− ion derives from a weak acid (HNO2). Therefore the 

solution will be basic, and KNO2 is a basic salt. 

c. Although the Br− ions derive from a strong acid (HBr), the NH4
+ ion derives from a weak base (NH3), so the solution 

will be acidic, and NH4Br is an acidic salt. 

Identify each salt as acidic, basic, or neutral. 

A. (C5H5NH)Cl 
B. Na2SO3 

Answer a available at the end of this section. 

Some salts are composed of ions that come from both weak acids and weak bases. The overall effect on an aqueous solution 
depends on which ion exerts more influence on the overall acidity. We will not consider such salts here. 

Summary 

• Strong acids and bases are 100% ionized in aqueous solution. 
• Weak acids and bases are less than 100% ionized in aqueous solution. 
• Salts of weak acids or bases can affect the acidity or basicity of their aqueous solutions. 

Answers 
Exercise 

strong base 

weak acid 

Exercise 

The reaction is as follows: 

It does not proceed 100% to products because hydrazoic acid is not a strong acid. 

Exercise 

acidic 

basic 

Example 

Exercise 
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9.1.1: Ionization of Acids in Solution (Ka values and 
Comparative strengths) 

In general, acids can be thought of as molecular compounds containing at least one hydrogen which is covalently bonded to a 
more electronegative atom. As an example, consider the compound hydrogen fluoride (HF). As we discussed in Chapter 7, the 
electronegativities of hydrogen and fluorine are 2.1 and 4.0, respectively, and the hydrogen-fluoride covalent bond is very highly 
polarized. 

Because of this, when hydrogen fluoride is dissolved in water, water molecules orient themselves around HF so that the water 
dipoles interact with, and stabilize, the highly polarized H—F bond. Important to this stabilization is the hydrogen bond that is 
formed between the hydrogen of HF and the oxygen of an adjacent water. This hydrogen bond not only stabilizes the HF molecular 
dipole, but it also weakens the H—F covalent bond. As a result of this weakening, the H—F bond stretches (the bond length 
increases) and then fully breaks. The hydrogen that was hydrogen-bonded to the water molecule now becomes fully bonded to 

the oxygen, forming the species H3O+ (the hydronium ion) and the fluorine now exists as a fluoride anion. This is known as the 
process of acid dissociation. 

The chemical equation describing the acid dissociation reaction of HF is given in Equation 8.2a. The products of the reaction, 
fluoride anion and the hydronium ion, are oppositely charged ions, and it is reasonable to assume that they will be attracted to 
each other. If they do come in contact, it is also reasonable to suggest that the process of hydrogen transfer that we described 

above can also happen in reverse. That is, H3O+ can hydrogen bond to the fluoride ion and the hydrogen can be transferred back, 
to form HF and water. The chemical equation describing this process is shown in Equation 8.2b. In fact, these two reaction do 
occur simultaneously (and very rapidly) in solution. When we speak of a set of forward- and back-reactions that occur together 
on a very fast time-scale, we describe the set of reactions as an equilibrium and we use a special double arrow in the chemical 
reaction to show this (Equation 8.2c). Equation 8.2c can be said to represent the equilibrium dissociation of HF in water. 

HF (aq) + H2O(l) → H3O+ (aq) + F– (aq) Eq. 8.2a 

HF (aq) + H2O(l)←H3O+ (aq) + F– (aq) Eq. 8.2b 

HF (aq) + H2O(l) ⇄ H⇄ 3O+ (aq) + F– (aq) Eq. 8.2c 

For any equilibrium, an equilibrium constant can be written that describes whether the products or the reactants will be the 
predominant species in solution. We will address this fully in Chapter 10, but according to the Law of Mass Action, the equilibrium 
constant, K for this reaction, is simply given by the ratio of the activities of the products and reactants. To simplify the calculations, 
the activities of the solutes are approximated by the concentration in units of molarity. Note that any solid or liquid reactants 
or products, or solvents (such as water) are considered to be pure substances, and so have an activity that is equal to 1. Thus 
for the ionization of HF 

When you are dealing with acids, the equilibrium constant is generally called an acid dissociation constant, and is written as Ka. 
The larger the value of Ka, the greater the extent of ionization and the and the higher the resulting concentration of the hydronium 
ion. Because the concentration of the hydronium ion is directly correlated with acidity, acids with a large value of Ka are termed 
strong acids. We will introduce “weak acids” in Chapter 10, but for now the important thing to remember is that strong acids 
are virtually 100% ionized in solution. That doesn’t mean that the back-reaction does not occur, is simply means that much more 
favorable and that 99.9999999999% of the acid is present in its ionized form. Because this exceeds the number of significant 
figures that we typically work with, strong acids are generally described as 100% ionized in solution. Table 8.1 lists the common 
strong acids that we will study in this text. 

Table 8.1. Common Strong Acids 

303 (9.1.1.1)

https://chem.libretexts.org/Bookshelves/Introductory_Chemistry/Book%3A_Introductory_Chemistry_Online_(Young)/07%3A_Aqueous_Solutions
https://chem.libretexts.org/Bookshelves/Introductory_Chemistry/Book%3A_Introductory_Chemistry_Online_(Young)/10%3A_Principles_of_Chemical_Equilibrium


Table 8.1 Common Strong Acids 

HCl hydrochloric acid 
HNO3 nitric acid 

H2SO4 sulfuric acid 

HBr hydrobromic acid 
HI hydroiodic acid 
HClO4 perchloric acid 

This page titled 9.1.1: Ionization of Acids in Solution (Ka values and Comparative strengths) is shared under a CC BY-SA 4.0 license and was 
authored, remixed, and/or curated by LibreTexts. 

• 8.2: Ionization of Acids in Solution by Paul R. Young is licensed CC BY-SA 4.0. Original source: https://en.wikibooks.org/wiki/
Introductory_Chemistry_Online. 
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9.2: The pH Scale (Acidic/Basic/Neutral solutions) 

• Define pH. 
• Determine the pH of acidic and basic solutions. 

As we have seen, [H+] and [OH−] values can be markedly different from one aqueous solution to another. So chemists defined a 
new scale that succinctly indicates the concentrations of either of these two ions. 

pH is commonly defined as a logarithmic function of [H+]: 

pH is usually (but not always) between 0 and 14. Knowing the dependence of pH on [H+], we can summarize as follows: 

• If pH < 7, then the solution is acidic. 
• If pH = 7, then the solution is neutral. 
• If pH > 7, then the solution is basic. 

This is known as the pH scale and is the range of values from 0 to 14 that describes the acidity or basicity of a solution. You can 
use pH to quickly determine whether a given aqueous solution is acidic, basic, or neutral. 

Label each solution as acidic, basic, or neutral based only on the stated pH. 

a. milk of magnesia, pH = 10.5 
b. pure water, pH = 7 
c. wine, pH = 3.0 

Solution 

a. With a pH greater than 7, milk of magnesia is basic. (Milk of magnesia is largely Mg(OH)2.) 
b. Pure water, with a pH of 7, is neutral. 
c. With a pH of less than 7, wine is acidic. 

Identify each substance as acidic, basic, or neutral based only on the stated pH. 

1. human blood, pH = 7.4 
2. household ammonia, pH = 11.0 
3. cherries, pH = 3.6 

Answers 

1. basic 
2. basic 
3. acidic 

Learning Objectives 

Example 

Exercise 
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Table  gives the typical pH values of some common substances. Note that several food items are on the list, and most of 
them are acidic. 

Table  Typical pH Values of Various Substances* 

Substance pH 

stomach acid 1.7 

lemon juice 2.2 

vinegar 2.9 

soda 3.0 

wine 3.5 

coffee, black 5.0 

milk 6.9 

pure water 7.0 

blood 7.4 

seawater 8.5 

milk of magnesia 10.5 

ammonia solution 12.5 

1.0 M NaOH 14.0 

*Actual values may vary depending on conditions 

pH is a logarithmic scale. A solution that has a pH of 1.0 has 10 times the [H+] as a solution with a pH of 2.0, which in turn has 

10 times the [H+] as a solution with a pH of 3.0 and so forth. 

Using the definition of pH (Equation ), it is also possible to calculate [H+] (and [OH−]) from pH and vice versa. The general 

formula for determining [H+] from pH is as follows: 

Key Takeaways 

• pH is a logarithmic function of [H+]. 

• [H+] can be calculated directly from pH. 
• pOH is related to pH and can be easily calculated from pH. 

This page titled 9.2: The pH Scale (Acidic/Basic/Neutral solutions) is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/
or curated by LibreTexts. 

• 12.7: The pH Scale by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/beginning-
chemistry. 
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9.2.1: Autoionization of Water (Ionic constant) and Calculator 
skills 

• Describe the autoionization of water. 

• Calculate the concentrations of H+ and OH− in solutions, knowing the other concentration. 

We have already seen that H2O can act as an acid or a base: 

NH3 + H2O → NH4
+ + OH− (H2O acts as an acid) 

HCl + H2O → H3O+ + Cl− (H2O acts as a base) 

It may not be surprising to learn, then, that within any given sample of water, some H2O molecules are acting as acids, and other 
H2O molecules are acting as bases. The chemical equation is as follows: 

H2O + H2O → H3O+ + OH− 

This occurs only to a very small degree: only about 6 in 108 H2O molecules are participating in this process, which is called the 

autoionization of water. At this level, the concentration of both H+(aq) and OH−(aq) in a sample of pure H2O is about 1.0 × 

10−7 M. If we use square brackets—[ ]—around a dissolved species to imply the molar concentration of that species, we have 

[H+] = [OH−] = 1.0 × 10−7 M 

for any sample of pure water because H2O can act as both an acid and a base. The product of these two concentrations is 1.0 × 

10−14: 

[H+] × [OH−] = (1.0 × 10−7)(1.0 × 10−7) = 1.0 × 10−14 

In acids, the concentration of H+(aq)—[H+]—is greater than 1.0 × 10−7 M, while for bases the concentration of 

OH−(aq)—[OH−]—is greater than 1.0 × 10−7 M. However, the product of the two concentrations—[H+][OH−]—is always equal to 

1.0 × 10−14, no matter whether the aqueous solution is an acid, a base, or neutral: 

[H+][OH−] = 1.0 × 10−14 

This value of the product of concentrations is so important for aqueous solutions that it is called the autoionization constant of 
water and is denoted Kw: 

Kw = [H+][OH−] = 1.0 × 10−14 

This means that if you know [H+] for a solution, you can calculate what [OH−] has to be for the product to equal 1.0 × 10−14, 

or if you know [OH−], you can calculate [H+]. This also implies that as one concentration goes up, the other must go down to 
compensate so that their product always equals the value of Kw. 

Learning Objectives 
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What is [OH−] of an aqueous solution if [H+] is 1.0 × 10−4 M? 

Solution 

Using the expression and known value for Kw, 

Kw = [H+][OH−] = 1.0 × 10−14 = (1.0 × 10−4)[OH−] 

We solve by dividing both sides of the equation by 1.0 × 10−4: 

It is assumed that the concentration unit is molarity, so [OH−] is 1.0 × 10−10 M. 

What is [H+] of an aqueous solution if [OH−] is 1.0 × 10−9 M? 

Answer available at the end of this section. 

When you have a solution of a particular acid or base, you need to look at the formula of the acid or base to determine the number 

of H+ or OH− ions in the formula unit because [H+] or [OH−] may not be the same as the concentration of the acid or base itself. 

What is [H+] in a 0.0044 M solution of Ca(OH)2? 

Solution 

We begin by determining [OH−]. The concentration of the solute is 0.0044 M, but because Ca(OH)2 is a strong base, there 

are two OH− ions in solution for every formula unit dissolved, so the actual [OH−] is two times this, or 2 × 0.0044 M = 
0.0088 M. Now we can use the Kw expression: 

[H+][OH−] = 1.0 × 10−14 = [H+](0.0088 M) 

Divide both sides by 0.0088: 

[H+] has decreased significantly in this basic solution. 

What is [OH−] in a 0.00032 M solution of H2SO4? (Hint: assume both H+ ions ionize.) 

Example 

Exercise 

Example 

Exercise 
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Answer 

1.6 × 10−11 M 

For strong acids and bases, [H+] and [OH−] can be determined directly from the concentration of the acid or base itself because 
these ions are 100% ionized by definition. However, for weak acids and bases, this is not so. The degree, or percentage, of 

ionization would need to be known before we can determine [H+] and [OH−]. 

A 0.0788 M solution of HC2H3O2 is 3.0% ionized into H+ ions and C2H3O2
− ions. What are [H+] and [OH−] for this 

solution? 

Solution 

Because the acid is only 3.0% ionized, we can determine [H+] from the concentration of the acid. Recall that 3.0% is 0.030 
in decimal form: 

[H+] = 0.030 × 0.0788 = 0.00236 M 

With this [H+], then [OH−] can be calculated as follows: 

This is about 30 times higher than would be expected for a strong acid of the same concentration. 

A 0.0222 M solution of pyridine (C5H5N) is 0.44% ionized into pyridinium ions (C5H5NH+) and OH− ions. What are [OH−] 

and [H+] for this solution? 

Answer available at the end of this section. 

Summary 

In any aqueous solution, the product of [H+] and [OH−] equals   (at room temperature). 

Answers 
Exercise 

1.0 × 10−5 M 

Exercise 

[OH−] = 9.77 × 10−5 M; [H+] = 1.02 × 10−10 M 

Example 

Exercise 
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9.2.2: Hydroniun ion concentration 

• To define the pH scale as a measure of acidity of a solution 

Because of its amphoteric nature (i.e., acts as both an acid or a base), water does not always remain as  molecules. In fact, 
two water molecules react to form hydronium and hydroxide ions: 

This is also called the self-ionization of water. The concentration of  and  are equal in pure water because of the 

1:1 stoichiometric ratio of Equation 1. The molarity of H3O+ and OH- in water are also both    at 25° C. Therefore, a 
constant of water ( ) is created to show the equilibrium condition for the self-ionization of water. The product of the molarity of 
hydronium and hydroxide ion is always  . 

This equations also applies to all aqueous solutions. However,  does change at different temperatures, which affects the pH 
range discussed below. 

 and  is often used interchangeably to represent the hydrated proton, commonly call the hydronium ion. 

The equation for water equilibrium is: 

• If an acid ( ) is added to the water, the equilibrium shifts to the left and the  ion concentration decreases 
• If base ( ) is added to water, the equilibrium shifts to left and the  concentration decreases. 

pH and pOH 

The constant of water determines the range of the pH scale. To understand what the pKw is, it is important to understand first 
what the "p" means in pOH, and pH. The Danish biochemist Søren Sørenson proposed the term pH to refer to the "potential of 

hydrogen ion." He defined the "p" as the negative of the logarithm, -log, of [H+]. Therefore the pH is the negative logarithm of the 

molarity of H. The pOH is the negative logarithm of the molarity of OH- and the pKw is the negative logarithm of the constant of 
water. These definitions give the following equations: 

At room temperature (25 °C), 

So 

Using the properties of logarithms, Equation  can be rewritten as 

Learning Objectives 
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By substituting, we see that pKw is 14. The equation also shows that each increasing unit on the scale decreases by the factor of 
ten on the concentration of . For example, a pH of 1 has a molarity ten times more concentrated than a solution of pH 2. 

Since 

• A solution with more  ions than  ion is basic; for aqueous solutions at 25°C that corresponds to pH > 7. 
• A solution with more  ions than  ions is acidic; for aqueous solutions at 25°C that corresponds to pH < 7. 
• A solution with that same concentration of  ions than  ions is neutral; for aqueous solutions at 25°C that 

corresponds to pH = 7. 

Since the autoionization constant  is temperature dependent, these correlations between pH values and the acidic/neutral/
basic adjectives will be different at temperatures other than 25 °C. For example, the hydronium molarity of pure water at 80 °C is 

4.9 × 10−7 M, which corresponds to pH and pOH values of: 

At this temperature, then, neutral solutions exhibit pH = pOH = 6.31, acidic solutions exhibit pH less than 6.31 and pOH greater 
than 6.31, whereas basic solutions exhibit pH greater than 6.31 and pOH less than 6.31. This distinction can be important when 
studying certain processes that occur at nonstandard temperatures, such as enzyme reactions in warm-blooded organisms. 
Unless otherwise noted, references to pH values are presumed to be those at standard temperature (25 °C) (Table ). 

The pH scale is logarithmic, meaning that an increase or decrease of an integer value changes the concentration by a 
tenfold. For example, a pH of 3 is ten times more acidic than a pH of 4. Likewise, a pH of 3 is one hundred times more 
acidic than a pH of 5. Similarly a pH of 11 is ten times more basic than a pH of 10. 

Figure  depicts the pH scale with common solutions and where they are on the scale. 

Definitions 
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Figure : The pH and pOH scales represent concentrations of [H3O+] and OH−, respectively. The pH and pOH values of some common 
substances at standard temperature (25 °C) are shown in this chart. Image used with permisison (CC -BY; OpenStax) 

It is common that the pH scale is argued to range from 0-14 or perhaps 1-14, but neither is correct. The pH range does not 

have an upper nor lower bound, since as defined above, the pH is an indication of concentration of H+. For example, at a pH 
of zero the hydronium ion concentration is one molar, while at pH 14 the hydroxide ion concentration is one molar. Typically 

the concentrations of H+ in water in most solutions fall between a range of 1 M (pH=0) and 10-14 M (pH=14). Hence a range of 
0 to 14 provides sensible (but not absolute) "bookends" for the scale. One can go somewhat below zero and somewhat above 
14 in water, because the concentrations of hydronium ions or hydroxide ions can exceed one molar. 

If the concentration of  in a solution is   , what is the concentration of ? 

Solution 

Because 

to find the concentration of H3O+, solve for the [H3O+]. 

a. Find the pH of a solution of 0.002 M of HCl. 
b. Find the pH of a solution of 0.00005 M NaOH. 

Solution 

The pH scale does not have upper nor lower bounds! 

Example 

Example 
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a. The equation for pH is -log [H+] 

b. The equation for pOH is -log [OH-] 

and 

then 

If moist soil has a pH of 7.84, what is the H+ concentration of the soil solution? 

Solution 

Hint: Place -7.84 in your calculator and take the antilog (often inverse log or 10x) = 1.45 x 10-8M 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

A Video Introduction to pH: Introduction to pH [youtu.be] 

Summary 

The concentration of hydronium ion in a solution of an acid in water is greater than    at 25 °C. The concentration of 

hydroxide ion in a solution of a base in water is greater than    at 25 °C. The concentration of H3O+ in a solution can 

be expressed as the pH of the solution;  . The concentration of OH− can be expressed as the pOH of the solution: 
 . In pure water, pH = 7.00 and pOH = 7.00. 

Example : Soil 

YouTube Video 
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9.2.2.1: The pH and pOH Scales - Ways to Express Acidity 
and Basicity 

• Define pH and pOH. 
• Determine the pH of acidic and basic solutions. 
• Determine the hydronium ion concentration and pOH from pH. 

As we have seen,  and  values can be markedly different from one aqueous solution to another. So chemists defined 
a new scale that succinctly indicates the concentrations of either of these two ions. 

 is a logarithmic function of : 

 is usually (but not always) between 0 and 14. Knowing the dependence of  on , we can summarize as follows: 

• If pH < 7, then the solution is acidic. 
• If pH = 7, then the solution is neutral. 
• If pH > 7, then the solution is basic. 

This is known as the  scale. The pH scale is the range of values from 0 to 14 that describes the acidity or basicity of a solution. 
You can use  to make a quick determination whether a given aqueous solution is acidic, basic, or neutral. Figure 
illustrates this relationship, along with some examples of various solutions. Because hydrogen ion concentrations are generally 
less than one (for example   ), the log of the number will be a negative number. To make pH even easier to work with, 
pH is defined as the negative log of , which will give a positive value for pH. 

Figure : The  values for several common materials. 

Label each solution as acidic, basic, or neutral based only on the stated . 

Learning Objectives 

Example 
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a. milk of magnesia, pH = 10.5 
b. pure water, pH = 7 
c. wine, pH = 3.0 

Answer 

a. With a pH greater than 7, milk of magnesia is basic. (Milk of magnesia is largely Mg(OH)2.) 
b. Pure water, with a pH of 7, is neutral. 
c. With a pH of less than 7, wine is acidic. 

Identify each substance as acidic, basic, or neutral based only on the stated . 

a. human blood with  = 7.4 
b. household ammonia with  = 11.0 
c. cherries with  = 3.6 

Answer a available at the end of this section. 

Answer b available at the end of this section. 

Answer c available at the end of this section. 

Calculating pH from Hydronium Concentration 

The pH of solutions can be determined by using logarithms as illustrated in the next example for stomach acid. Stomach acid is 
a solution of  with a hydronium ion concentration of   , what is the  of the solution? 

To get the log value on your calculator, enter the number (in this case, the hydronium ion concentration) first, then press the 
LOG key. 

If the number is 1.0 x 10-5 (for [H3O+] = 1.0 x 10-5 M) you should get an answer of "-5". 

If you get a different answer, or an error, try pressing the LOG key before you enter the number. 

Find the pH, given the  of the following: 

a. 1 ×10-3 M 

b. 2.5 ×10-11 M 

c. 4.7 ×10-9 M 

Solution 

Exercise 

Logarithms 

Example : Converting Ph to Hydronium Concentration 
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Solutions to Example 14.9.2 

Steps for Problem 
Solving 

Identify the "given" 
information and what the 
problem is asking you to 

"find." 

Given: 

a. [H3O+] =1 × 10−3 M 

b. [H3O+] =2.5 ×10-11 M 

c. [H3O+] = 4.7 ×10-9 M 

Find: ? pH 

Plan the problem. 
Need to use the expression for pH (Equation ). 

pH = - log [H3O+] 

Calculate. 

Now substitute the known quantity into the equation and solve. 

a. pH = - log [1 × 10−3 ] = 3.0 (1 decimal places since 1 has 1 significant figure) 

b. pH = - log [2.5 ×10-11] = 10.60 (2 decimal places since 2.5 has 2 significant figures) 

c. pH = - log [4.7 ×10-9] = 8.30 (2 decimal places since 4.7 has 2 significant figures) 

The other issue that concerns us here is significant figures. Because the number(s) before the 
decimal point in a logarithm relate to the power on 10, the number of digits after the decimal 
point is what determines the number of significant figures in the final answer: 

Find the pH, given [H3O+] of the following: 

a. 5.8 ×10-4 M 

b. 1.0×10-7 

Answer a available at the end of this section. 

Answer b available at the end of this section. 

Calculating Hydronium Concentration from pH 

Sometimes you need to work "backwards"—you know the pH of a solution and need to find , or even the concentration of 
the acid solution. How do you do that? To convert pH into  we solve Equation  for . This involves taking the 
antilog (or inverse log) of the negative value of pH . 

Exercise 
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or 

As mentioned above, different calculators work slightly differently—make sure you can do the following calculations using your 
calculator. 

We have a solution with a pH = 8.3. What is [H3O+] ? 

With some calculators you will do things in the following order: 

1. Enter 8.3 as a negative number (use the key with both the +/- signs, not the subtraction key). 
2. Use your calculator's 2nd or Shift or INV (inverse) key to type in the symbol found above the LOG key. The shifted function 

should be 10x. 

3. You should get the answer 5.0 × 10-9. 

Other calculators require you to enter keys in the order they appear in the equation. 

1. Use the Shift or second function to key in the 10x function. 
2. Use the +/- key to type in a negative number, then type in 8.3. 

3. You should get the answer 5.0 × 10-9. 

If neither of these methods work, try rearranging the order in which you type in the keys. Don't give up—you must master your 
calculator! 

Find the hydronium ion concentration in a solution with a pH of 12.6. Is this solution an acid or a base? How do you know? 

Solution 

Solutions to Example 14.9.3 

Steps for Problem 
Solving 

Identify the "given" 
information and what the 
problem is asking you to 

"find." 

Given: pH = 12.6 

Find: [H3O+] = ? M 

Plan the problem. 
Need to use the expression for [H3O+] (Equation ). 

[H3O+] = antilog (-pH) or [H3O+] = 10-pH 

Calculator Skills 

Example : Calculating Hydronium Concentration from pH 
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Steps for Problem 
Solving 

Calculate. 

Now substitute the known quantity into the equation and solve. 

[H3O+] = antilog (12.60) = 2.5 x 10-13 M (2 significant figures since 4.7 has 12.60 2 decimal 
places) 

or 

[H3O+] = 10-12.60 = 2.5 x 10-13 M (2 significant figures since 4.7 has 12.60 2 decimal places) 

The other issue that concerns us here is significant figures. Because the number(s) before the 
decimal point in a logarithm relate to the power on 10, the number of digits after the decimal 
point is what determines the number of significant figures in the final answer: 

If moist soil has a pH of 7.84, what is [H3O+] of the soil solution? 

Answer available at the end of this section. 

The pOH scale 

As with the hydrogen-ion concentration, the concentration of the hydroxide ion can be expressed logarithmically by the pOH. The 
pOH of a solution is the negative logarithm of the hydroxide-ion concentration. 

The relation between the hydronium and hydroxide ion concentrations expressed as p-functions is easily derived from the 
expression: 

At 25 °C, the value of  is  , and so: 

The hydronium ion molarity in pure water (or any neutral solution) is    at 25 °C. The pH and pOH of a neutral solution 
at this temperature are therefore: 

Exercise 
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And so, at this temperature, acidic solutions are those with hydronium ion molarities greater than    and hydroxide 
ion molarities less than    (corresponding to pH values less than 7.00 and pOH values greater than 7.00). Basic 
solutions are those with hydronium ion molarities less than    and hydroxide ion molarities greater than   

(corresponding to pH values greater than 7.00 and pOH values less than 7.00). 

Find the pOH of a solution with a pH of 4.42. 

Solution 

Solutions to Example 14.9.4 

Steps for Problem Solving 

Identify the "given" information 
and what the problem is asking 

you to "find." 

Given: pH =4.42 

Find: ? pOH 

Plan the problem. 
Need to use the expression 

pOH = 14 - pH 

Calculate. 
Now substitute the known quantity into the equation and solve. 

pOH=14−4.42=9.58 

Think about your result. 
The pH is that of an acidic solution, and the resulting pOH is the difference after 
subtracting from 14. The answer has two significant figures because the given pH has 
two decimal places. 

The pH of a solution is 8.22. What is the pOH? 

Answer available at the end of this section. 

The diagram below shows all of the interrelationships between [H3O+][H3O+], [OH−][OH−], pH, and pOH. 

Example : 

Exercise 
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Figure : Relationships between hydrogen ion concentration, hydroxide ion concentration, pH and pOH. 

Contributions & Attributions 

• Peggy Lawson (Oxbow Prairie Heights School). Funded by Saskatchewan Educational Technology Consortium. 
• 

• Template:OpenStax 

Answers 
Exercise 

basic 

Exercise 

basic 

Exercise 

acidic 

Exercise 

3.22 

Exercise 

7.00 

Exercise 

1.5 x 10-8 M 

Exercise 

5.78 

This page titled 9.2.2.1: The pH and pOH Scales - Ways to Express Acidity and Basicity is shared under a license and was authored, remixed, 
and/or curated by LibreTexts. 

• 14.9: The pH and pOH Scales - Ways to Express Acidity and Basicity by Henry Agnew, Marisa Alviar-Agnew is licensed CK-12. Original 
source: https://www.ck12.org/c/chemistry/. 
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9.2.2.2: Finding the [H3O+] and pH of Strong and Weak Acid 
Solutions 

• To know the relationship between acid or base strength and the magnitude of , , , and . 
• To understand the leveling effect. 

The magnitude of the equilibrium constant for an ionization reaction can be used to determine the relative strengths of acids 
and bases. For example, the general equation for the ionization of a weak acid in water, where HA is the parent acid and A− is its 
conjugate base, is as follows: 

The equilibrium constant for this dissociation is as follows: 

As we noted earlier, because water is the solvent, it has an activity equal to 1, so the  term in Equation  is actually 
the , which is equal to 1. 

Again, for simplicity,  can be written as  in Equation . 

Keep in mind, though, that free  does not exist in aqueous solutions and that a proton is transferred to  in all acid 
ionization reactions to form hydronium ions, . The larger the , the stronger the acid and the higher the  concentration 
at equilibrium. Like all equilibrium constants, acid–base ionization constants are actually measured in terms of the activities of 

 or , thus making them unitless. The values of  for a number of common acids are given in Table . 

Table : Values of , , , and  for Selected Acids (  and Their Conjugate Bases ( ) 

Acid 

hydroiodic acid  −9.3  23.26 

sulfuric acid (1)*  −2.0  16.0 

nitric acid  −1.37  15.37 

hydronium ion 0.00  14.00 

sulfuric acid (2)*  1.99  12.01 

hydrofluoric acid  3.20  10.80 

nitrous acid  3.25  10.75 

formic acid  3.750   10.25 

benzoic acid  4.20  9.80 

acetic acid  4.76  9.24 

pyridinium ion  5.23  8.77 

hypochlorous acid  7.40  6.60 

*The number in parentheses indicates the ionization step referred to for a polyprotic acid. 

Learning Objectives 
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Acid 

hydrocyanic acid  9.21  4.79 

ammonium ion  9.25  4.75 

water  14.00 0.00 

acetylene  26.0  −12.0 

ammonia  35.0  −21.0 

*The number in parentheses indicates the ionization step referred to for a polyprotic acid. 

Weak bases react with water to produce the hydroxide ion, as shown in the following general equation, where B is the parent base 
and BH+ is its conjugate acid: 

The equilibrium constant for this reaction is the base ionization constant (Kb), also called the base dissociation constant: 

Once again, the activity of water has a value of 1, so water does not appear in the equilibrium constant expression. The larger the 
, the stronger the base and the higher the  concentration at equilibrium. The values of  for a number of common weak 

bases are given in Table . 

Table : Values of , , , and  for Selected Weak Bases (B) and Their Conjugate Acids (BH+) 

Base 

hydroxide ion 0.00*  14.00 

phosphate ion  1.68  12.32 

dimethylamine  3.27  10.73 

methylamine  3.34  10.66 

trimethylamine  4.20  9.80 

ammonia  4.75  9.25 

pyridine  8.77  5.23 

aniline  9.13  4.87 

water  14.00 0.00 

*As in Table . 

There is a simple relationship between the magnitude of  for an acid and  for its conjugate base. Consider, for example, the 
ionization of hydrocyanic acid ( ) in water to produce an acidic solution, and the reaction of  with water to produce a 
basic solution: 

The equilibrium constant expression for the ionization of HCN is as follows: 

The corresponding expression for the reaction of cyanide with water is as follows: 
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If we add Equations  and , we obtain the following: 

add Equations  and , we obtain 

Reaction Equilibrium Constants 

   

    

     

In this case, the sum of the reactions described by  and  is the equation for the autoionization of water, and the product of 
the two equilibrium constants is : 

Thus if we know either  for an acid or  for its conjugate base, we can calculate the other equilibrium constant for any 
conjugate acid–base pair. 

Just as with , , and pKw, we can use negative logarithms to avoid exponential notation in writing acid and base ionization 
constants, by defining  as follows: 

and  as 

Similarly, Equation , which expresses the relationship between  and , can be written in logarithmic form as follows: 

At 25 °C, this becomes 

The values of  and  are given for several common acids and bases in Tables  and , respectively, and a 
more extensive set of data is provided in Tables E1 and E2. Because of the use of negative logarithms, smaller values of 
correspond to larger acid ionization constants and hence stronger acids. For example, nitrous acid ( ), with a  of 3.25, is 
about a million times stronger acid than hydrocyanic acid (HCN), with a  of 9.21. Conversely, smaller values of  correspond 
to larger base ionization constants and hence stronger bases. 
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Figure : The Relative Strengths of Some Common Conjugate Acid–Base Pairs. The strongest acids are at the bottom left, and the 
strongest bases are at the top right. The conjugate base of a strong acid is a very weak base, and, conversely, the conjugate acid of a strong 

base is a very weak acid. 

Strong acids are H3O plus, HNO3, H2SO4, HCl, and HBr. Negligible acids are HS minus and OH minus. Stron bases are O negative 2, S 
negative 2. Negligible bases are NO3 minus, HSO4 minus, Cl minus, and Br minus. 

The relative strengths of some common acids and their conjugate bases are shown graphically in Figure . The conjugate 
acid–base pairs are listed in order (from top to bottom) of increasing acid strength, which corresponds to decreasing values 
of . This order corresponds to decreasing strength of the conjugate base or increasing values of . At the bottom left of 
Figure  are the common strong acids; at the top right are the most common strong bases. Notice the inverse relationship 
between the strength of the parent acid and the strength of the conjugate base. Thus the conjugate base of a strong acid is a 
very weak base, and the conjugate base of a very weak acid is a strong base. 

The conjugate base of a strong acid is a weak base and vice versa. 

We can use the relative strengths of acids and bases to predict the direction of an acid–base reaction by following a single rule: 
an acid–base equilibrium always favors the side with the weaker acid and base, as indicated by these arrows: 

In an acid–base reaction, the proton always reacts with the stronger base. 

For example, hydrochloric acid is a strong acid that ionizes essentially completely in dilute aqueous solution to produce 
and ; only negligible amounts of  molecules remain undissociated. Hence the ionization equilibrium lies virtually all the 
way to the right, as represented by a single arrow: 

In contrast, acetic acid is a weak acid, and water is a weak base. Consequently, aqueous solutions of acetic acid contain mostly 
acetic acid molecules in equilibrium with a small concentration of  and acetate ions, and the ionization equilibrium lies far 
to the left, as represented by these arrows: 

Similarly, in the reaction of ammonia with water, the hydroxide ion is a strong base, and ammonia is a weak base, whereas the 
ammonium ion is a stronger acid than water. Hence this equilibrium also lies to the left: 
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All acid–base equilibria favor the side with the weaker acid and base. Thus the proton is bound to the stronger base. 

a. Calculate  and  of the butyrate ion ( ). The  of butyric acid at 25°C is 4.83. Butyric acid is 
responsible for the foul smell of rancid butter. 

b. Calculate  and  of the dimethylammonium ion ( ). The base ionization constant  of dimethylamine (
) is   at 25°C. 

Given:  and 

Asked for: corresponding  and ,  and 

Strategy: 

The constants  and  are related as shown in Equation . The  and  for an acid and its conjugate base are 

related as shown in Equations  and . Use the relationships pK = −log K and K = 10−pK (Equations 
and ) to convert between  and  or  and . 

Solution: 

We are given the  for butyric acid and asked to calculate the  and the  for its conjugate base, the butyrate ion. 
Because the  value cited is for a temperature of 25°C, we can use Equation :  +  = pKw = 14.00. 
Substituting the  and solving for the , 

Because  ,  is   . 

In this case, we are given  for a base (dimethylamine) and asked to calculate  and  for its conjugate acid, the 
dimethylammonium ion. Because the initial quantity given is  rather than , we can use Equation :  . 
Substituting the values of  and  at 25°C and solving for , 

Because  = −log , we have    . We could also have converted  to  to obtain the 
same answer: 

If we are given any one of these four quantities for an acid or a base ( , , , or ), we can calculate the other three. 

Lactic acid ( ) is responsible for the pungent taste and smell of sour milk; it is also thought to produce 
soreness in fatigued muscles. Its  is 3.86 at 25°C. Calculate  for lactic acid and  and  for the lactate ion. 

Answer available at the end of this section. 

Example : Butyrate and Dimethylammonium Ions 

Exercise : Lactic Acid 
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This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

A Video Calculating pH in Strong Acid or Strong Base Solutions: Calculating pH in Strong Acid or Strong Base Solutions 
[youtu.be] 

Solutions of Strong Acids and Bases: The Leveling Effect 

You will notice in Table  that acids like  and  lie above the hydronium ion, meaning that they have  values 
less than zero and are stronger acids than the  ion. Recall from Chapter 4 that the acidic proton in virtually all oxoacids 
is bonded to one of the oxygen atoms of the oxoanion. Thus nitric acid should properly be written as . Unfortunately, 
however, the formulas of oxoacids are almost always written with hydrogen on the left and oxygen on the right, giving 
instead. In fact, all six of the common strong acids that we first encountered in Chapter 4 have  values less than zero, which 
means that they have a greater tendency to lose a proton than does the  ion. Conversely, the conjugate bases of these 
strong acids are weaker bases than water. Consequently, the proton-transfer equilibria for these strong acids lie far to the right, 
and adding any of the common strong acids to water results in an essentially stoichiometric reaction of the acid with water to 
form a solution of the  ion and the conjugate base of the acid. 

Although  for  is about 108 greater than  for , the reaction of either  or  with water gives an essentially 
stoichiometric solution of  and I− or . In fact, a 0.1 M aqueous solution of any strong acid actually contains 0.1 M 
, regardless of the identity of the strong acid. This phenomenon is called the leveling effect: any species that is a stronger acid 
than the conjugate acid of water ( ) is leveled to the strength of  in aqueous solution because  is the strongest 
acid that can exist in equilibrium with water. Consequently, it is impossible to distinguish between the strengths of acids such as 
HI and HNO3 in aqueous solution, and an alternative approach must be used to determine their relative acid strengths. 

One method is to use a solvent such as anhydrous acetic acid. Because acetic acid is a stronger acid than water, it must also be 
a weaker base, with a lesser tendency to accept a proton than . Measurements of the conductivity of 0.1 M solutions of both 
HI and  in acetic acid show that HI is completely dissociated, but  is only partially dissociated and behaves like a 
weak acid in this solvent. This result clearly tells us that HI is a stronger acid than . The relative order of acid strengths and 
approximate  and  values for the strong acids at the top of Table  were determined using measurements like this 
and different nonaqueous solvents. 

In aqueous solutions,  is the strongest acid and  is the strongest base that can exist in equilibrium with 
. 

The leveling effect applies to solutions of strong bases as well: In aqueous solution, any base stronger than OH− is leveled to 
the strength of OH− because OH− is the strongest base that can exist in equilibrium with water. Salts such as , 
(sodium methoxide), and  (sodamide, or sodium amide), whose anions are the conjugate bases of species that would lie 
below water in Table , are all strong bases that react essentially completely (and often violently) with water, accepting a 
proton to give a solution of  and the corresponding cation: 

Other examples that you may encounter are potassium hydride ( ) and organometallic compounds such as methyl lithium (
). 

YouTube Video 
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Polyprotic Acids and Bases 

As you learned, polyprotic acids such as , , and  contain more than one ionizable proton, and the protons are 
lost in a stepwise manner. The fully protonated species is always the strongest acid because it is easier to remove a proton from 
a neutral molecule than from a negatively charged ion. Thus acid strength decreases with the loss of subsequent protons, and, 
correspondingly, the  increases. Consider , for example: 

The equilibrium in the first reaction lies far to the right, consistent with  being a strong acid. In contrast, in the second 
reaction, appreciable quantities of both  and  are present at equilibrium. 

For a polyprotic acid, acid strength decreases and the  increases with the sequential loss of each proton. 

The hydrogen sulfate ion ( ) is both the conjugate base of  and the conjugate acid of . Just like water, HSO4− 
can therefore act as either an acid or a base, depending on whether the other reactant is a stronger acid or a stronger base. 
Conversely, the sulfate ion ( ) is a polyprotic base that is capable of accepting two protons in a stepwise manner: 

Like any other conjugate acid–base pair, the strengths of the conjugate acids and bases are related by  +  = pKw. Consider, 
for example, the  conjugate acid–base pair. From Table , we see that the  of  is 1.99. Hence the 
of  is 14.00 − 1.99 = 12.01. Thus sulfate is a rather weak base, whereas  is a strong base, so the equilibrium shown in 
Equation  lies to the left. The  ion is also a very weak base (  of  = 2.0,  of    

), which is consistent with what we expect for the conjugate base of a strong acid. 

Predict whether the equilibrium for each reaction lies to the left or the right as written. 

•    

•    

Given: balanced chemical equation 

Asked for: equilibrium position 

Strategy: 

Identify the conjugate acid–base pairs in each reaction. Then refer to Tables and  and Figure  to 
determine which is the stronger acid and base. Equilibrium always favors the formation of the weaker acid–base pair. 

Solution: 

The conjugate acid–base pairs are  and . According to Tables  and ,  is a 
stronger acid (  ) than  (pKa = 12.32), and  is a stronger base (  ) than  (  ). The 
equilibrium will therefore lie to the right, favoring the formation of the weaker acid–base pair: 

The conjugate acid–base pairs are  and . According to Table , HCN is a weak 
acid (pKa = 9.21) and  is a moderately weak base (pKb = 4.79). Propionic acid ( ) is not listed in Table 

, however. In a situation like this, the best approach is to look for a similar compound whose acid–base properties 
are listed. For example, propionic acid and acetic acid are identical except for the groups attached to the carbon atom of the 

Example 
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carboxylic acid (  versus ), so we might expect the two compounds to have similar acid–base properties. In 
particular, we would expect the  of propionic acid to be similar in magnitude to the  of acetic acid. (In fact, the 
of propionic acid is 4.87, compared to 4.76 for acetic acid, which makes propionic acid a slightly weaker acid than acetic 
acid.) Thus propionic acid should be a significantly stronger acid than . Because the stronger acid forms the weaker 
conjugate base, we predict that cyanide will be a stronger base than propionate. The equilibrium will therefore lie to the right, 
favoring the formation of the weaker acid–base pair: 

Predict whether the equilibrium for each reaction lies to the left or the right as written. 

a.    

b.    

Answer a available at the end of this section. 

This interactive element is not available in this format. Visit the link or scan the QR code to access it online. 

View this YouTube Video online 

A Video Discussing Polyprotic Acids: Polyprotic Acids [youtu.be] 

Summary 

Acid–base reactions always contain two conjugate acid–base pairs. Each acid and each base has an associated ionization 
constant that corresponds to its acid or base strength. Two species that differ by only a proton constitute a conjugate acid–base 
pair. The magnitude of the equilibrium constant for an ionization reaction can be used to determine the relative strengths of 
acids and bases. For an aqueous solution of a weak acid, the dissociation constant is called the acid ionization constant (
). Similarly, the equilibrium constant for the reaction of a weak base with water is the base ionization constant ( ). For any 
conjugate acid–base pair,  . Smaller values of  correspond to larger acid ionization constants and hence stronger 
acids. Conversely, smaller values of  correspond to larger base ionization constants and hence stronger bases. At 25°C, 

 . Acid–base reactions always proceed in the direction that produces the weaker acid–base pair. No acid stronger 
than  and no base stronger than  can exist in aqueous solution, leading to the phenomenon known as the leveling 
effect. Polyprotic acids (and bases) lose (and gain) protons in a stepwise manner, with the fully protonated species being the 
strongest acid and the fully deprotonated species the strongest base. 

Key Equations 

• Acid ionization constant: 

• Base ionization constant: 

Exercise 

YouTube Video 
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• Relationship between  and  of a conjugate acid–base pair: 

• Definition of : 

• Definition of : 

• Relationship between  and  of a conjugate acid–base pair: 

Contributors and Attributions 

• Stephen Lower, Professor Emeritus (Simon Fraser U.) Chem1 Virtual Textbook 

Answers 
Exercise : Lactic Acid 

•    for lactic acid; 
•  = 10.14 and 
•    for the lactate ion 

Exercise 

left 

left 

This page titled 9.2.2.2: Finding the [H3O+] and pH of Strong and Weak Acid Solutions is shared under a license and was authored, remixed, 
and/or curated by LibreTexts. 

• 16.5: Strong Acids and Bases is licensed CC BY-NC-SA 3.0. 
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9.3: Acid–Base Titration 

• Understand the basics of acid-base titrations. 
• Understand the use of indicators. 
• Perform a titration calculation correctly. 

The reaction of an acid with a base to make a salt and water is a common reaction in the laboratory, partly because so many 
compounds can act as acids or bases. Another reason that acid-base reactions are so prevalent is because they are often used to 
determine quantitative amounts of one or the other. Performing chemical reactions quantitatively to determine the exact amount 
of a reagent is called a titration. A titration can be performed with almost any chemical reaction for which the balanced chemical 
equation is known. Here, we will consider titrations that involve acid-base reactions. 

During an acid-base titration, an acid with a known concentration (a standard solution) is slowly added to a base with an 
unknown concentration (or vice versa). A few drops of indicator solution are added to the base. The indicator will signal, by color 

change, when the base has been neutralized (when [H+] = [OH-]). At that point—called the equivalence point, or end point—the 
titration is stopped. By knowing the volumes of acid and base used, and the concentration of the standard solution, calculations 
allow us to determine the concentration of the other solution. 

It is important to accurately measure volumes when doing titrations. The instrument you would use is called a burette (or 
buret). 

Figure : Equipment for Titrations. A burette is a type of liquid dispensing system that can accurately indicate the volume of liquid 
dispensed. 

For example, suppose 25.66 mL (or 0.02566 L) of 0.1078 M HCl was used to titrate an unknown sample of NaOH. What mass of 
NaOH was in the sample? We can calculate the number of moles of HCl reacted: 

# mol HCl = (0.02566 L)(0.1078 M) = 0.002766 mol HCl 

We also have the balanced chemical reaction between HCl and NaOH: 

So we can construct a conversion factor to convert to number of moles of NaOH reacted: 

Then we convert this amount to mass, using the molar mass of NaOH (40.00 g/mol): 

This type of calculation is performed as part of a titration. 

Learning Objectives 
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What mass of Ca(OH)2 is present in a sample if it is titrated to its equivalence point with 44.02 mL of 0.0885 M HNO3? The 
balanced chemical equation is as follows: 

Solution 

In liters, the volume is 0.04402 L. We calculate the number of moles of titrant: 

# moles HNO3 = (0.04402 L)(0.0885 M) = 0.00390 mol HNO3 

Using the balanced chemical equation, we can determine the number of moles of Ca(OH)2 present in the analyte: 

Then we convert this to a mass using the molar mass of Ca(OH)2: 

What mass of H2C2O4 is present in a sample if it is titrated to its equivalence point with 18.09 mL of 0.2235 M NaOH? The 
balanced chemical reaction is as follows: 

Answer available at the end of this section. 

If 25.00 mL of HCl solution with a concentration of 0.1234 M is neutralized by 23.45 mL of NaOH, what is the concentration 
of the base? 

Answer available at the end of this section. 

A 20.0 mL solution of strontium hydroxide, Sr(OH)2, is placed in a flask and a drop of indicator is added. The solution turns 
color after 25.0 mL of a standard 0.0500 M HCl solution is added. What was the original concentration of the Sr(OH)2 

solution? 

Answer available at the end of this section. 

Indicator Selection for Titrations 

The indicator used depends on the type of titration performed. The indicator of choice should change color when enough of one 
substance (acid or base) has been added to exactly use up the other substance. Only when a strong acid and a strong base are 
produced will the resulting solution be neutral. The three main types of acid-base titrations, and suggested indicators, are: 

Example : Equivalence Point 

Exercise 

Exercise 

Exercise 
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The three main types of acid-base titrations, suggested indicators, and explanations 

Titration between . . . Indicator Explanation 

strong acid and strong base any  

strong acid and weak base methyl orange changes color in the acidic range (3.2 - 4.4) 

weak acid and strong base phenolphthalein changes color in the basic range (8.2 - 10.6) 

Summary 

A titration is the quantitative reaction of an acid and a base. Indicators are used to show that all the analyte has reacted with the 
titrant. 

Contributions & Attributions 

• Peggy Lawson (Oxbow Prairie Heights School). Funded by Saskatchewan Educational Technology Consortium. 

Answers 
Exercise 

0.182 g 

Exercise 

0.1316 M NaOH 

Exercise 

   Sr(OH)2 

This page titled 9.3: Acid–Base Titration is shared under a license and was authored, remixed, and/or curated by LibreTexts. 

• 14.6: Acid–Base Titration by Henry Agnew, Marisa Alviar-Agnew is licensed CK-12. Original source: https://www.ck12.org/c/chemistry/. 
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9.4: Definition and Properties of Acids and Bases 

Formerly there were rather campy science-fiction television shows in which the hero was always being threatened with death by 
being plunged into a vat of boiling acid: "Mwa ha ha, Buck Rogers [or whatever the hero's name was], prepare to meet your doom 
by being dropped into a vat of boiling acid!" (The hero always escapes, of course.) This may have been interesting drama, but not 
very good chemistry. If the villain knew his/her/its science, the hero would have been dropped into a vat of boiling base. 

Recall that the active component of a classic acid is the H+ ion, while the active part of a classic base is the OH− ion. Both ions 

are related to water in that all H+ ion needs to become a water molecule is an OH− ion, while all an OH− ion needs to become 

water is an H+ ion. Consider the relative masses involved: an ion of mass 1 needs an ion of mass 17 to make water, while an ion 
of mass 17 needs an ion of mass 1 to make water. Which process do you think will be easier? 

In fact, bases are more potentially dangerous than acids because it is much easier for an OH− ion to rip off an H+ ion from 

surrounding matter than it is for an H+ ion to rip off an OH− ion. Certain household chemicals, such as some brands of cleaner, 
can be very concentrated bases, which makes them among the most potentially hazardous substances found around the home. If 

spilled on the skin, these strong caustic compounds can immediately remove H+ ions from the flesh, resulting in chemical burns. 
Compare this to the fact that we occasionally purposefully ingest substances such as citrus fruits, vinegar, and wine—all of which 
contain acids. (Of course, some parts of the body, such as the eyes, are extremely sensitive to acids as well as bases.) It seems 
that our bodies are more capable of dealing with acids than with bases. 

Figure  Household chemicals © Thinkstock. On the left is a common acid, and on the right is a common base. Which one is more 
potentially hazardous? 

A note to all of the villains out there...get your chemistry right if you want to be successful! 

This page titled 9.4: Definition and Properties of Acids and Bases is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/
or curated by LibreTexts. 

• 12.1: Introduction by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/beginning-
chemistry. 
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9.4.1: Arrhenius Acids and Bases 

• Identify an Arrhenius acid and an Arrhenius base. 
• Write the chemical reaction between an Arrhenius acid and an Arrhenius base. 

Historically, the first chemical definition of an acid and a base was put forward by Svante Arrhenius, a Swedish chemist, in 

1884. An Arrhenius acid is a compound that increases the H+ ion concentration in an aqueous solution. The H+ ion is just 
a bare proton, and it is rather clear that bare protons are not floating around in an aqueous solution. Instead, chemistry has 

defined the hydronium ion (H3O+) as the actual chemical species that represents an H+ ion. H+ ions and H3O+ ions are 
often considered interchangeable when writing chemical equations (although a properly balanced chemical equation should also 

include the additional H2O). Classic Arrhenius acids can be considered ionic compounds in which H+ is the cation. Table 
lists some Arrhenius acids and their names. 

Table  Some Arrhenius Acids 

Formula Name 

HC2H3O2 (also written CH3COOH) acetic acid 

HClO3 chloric acid 

HCl hydrochloric acid 

HBr hydrobromic acid 

HI hydriodic acid 

HF hydrofluoric acid 

HNO3 nitric acid 

H2C2O4 oxalic acid 

HClO4 perchloric acid 

H3PO4 phosphoric acid 

H2SO4 sulfuric acid 

H2SO3 sulfurous acid 

An Arrhenius base is a compound that increases the OH− ion concentration in aqueous solution. Ionic compounds of the OH− 

ion are classic Arrhenius bases. 

Identify each compound as an Arrhenius acid, an Arrhenius base, or neither. 

a. HNO3 
b. CH3OH 
c. Mg(OH)2 

Solution 

Learning Objective 

Example 
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a. This compound is an ionic compound between H+ ions and NO3
− ions, so it is an Arrhenius acid. 

b. Although this formula has an OH in it, we do not recognize the remaining part of the molecule as a cation. It is neither 
an acid nor a base. (In fact, it is the formula for methanol, an organic compound.) 

c. This formula also has an OH in it, but this time we recognize that the magnesium is present as Mg2+ cations. As such, 

this is an ionic compound of the OH− ion and is an Arrhenius base. 

Identify each compound as an Arrhenius acid, an Arrhenius base, or neither. 

1. KOH 
2. H2SO4 
3. C2H6 

Answer 

1. Arrhenius base 
2. Arrhenius acid 
3. neither 

Acids have some properties in common. They turn litmus, a plant extract, red. They react with some metals to give off H2 gas. 
They react with carbonate and hydrogen carbonate salts to give off CO2 gas. Acids that are ingested typically have a sour, sharp 
taste. (The name acid comes from the Latin word acidus, meaning "sour.") Bases also have some properties in common. They are 
slippery to the touch, turn litmus blue, and have a bitter flavor if ingested. 

Acids and bases have another property: they react with each other to make water and an ionic compound called a salt. A salt, 
in chemistry, is any ionic compound made by combining an acid with a base. A reaction between an acid and a base is called a 
neutralization reaction and can be represented as: 

acid + base → H2O + salt 

The stoichiometry of the balanced chemical equation depends on the number of H+ ions in the acid and the number of OH− ions 
in the base. 

Write the balanced chemical equation for the neutralization reaction between H2SO4 and KOH. What is the name of the salt 
that is formed? 

Solution 

The general reaction is as follows: 

H2SO4 + KOH → H2O + salt 

Because the acid has two H+ ions in its formula, we need two OH− ions to react with it, making two H2O molecules as 

product. The remaining ions, K+ and SO4
2−, make the salt potassium sulfate (K2SO4). The balanced chemical reaction is 

as follows: 

H2SO4 + 2KOH → 2H2O + K2SO4 

Exercise 

Example 
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Write the balanced chemical equation for the neutralization reaction between HCl and Mg(OH)2. What is the name of the salt 
that is formed? 

Answer available at the end of this section. 

Key Takeaways 

• An Arrhenius acid is a compound that increases the H+ ion concentration in aqueous solution. 

• An Arrhenius base is a compound that increases the OH− ion concentration in aqueous solution. 
• The reaction between an Arrhenius acid and an Arrhenius base is called neutralization and results in the formation of water 

and a salt. 

Answers 
Exercise 

2HCl + Mg(OH)2 → 2H2O + MgCl2; magnesium chloride 

Exercise 

This page titled 9.4.1: Arrhenius Acids and Bases is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by 
LibreTexts. 

• 12.2: Arrhenius Acids and Bases by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/
beginning-chemistry. 
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9.4.1.1: Properties of acids and bases 

• Identify an Arrhenius acid and an Arrhenius base. 
• Write the chemical reaction between an Arrhenius acid and an Arrhenius base. 

Historically, the first chemical definition of an acid and a base was put forward by Svante Arrhenius, a Swedish chemist, in 

1884. An Arrhenius acid is a compound that increases the H+ ion concentration in an aqueous solution. The H+ ion is just 
a bare proton, and it is rather clear that bare protons are not floating around in an aqueous solution. Instead, chemistry has 

defined the hydronium ion (H3O+) as the actual chemical species that represents an H+ ion. H+ ions and H3O+ ions are 
often considered interchangeable when writing chemical equations (although a properly balanced chemical equation should also 

include the additional H2O). Classic Arrhenius acids can be considered ionic compounds in which H+ is the cation. Table 
lists some Arrhenius acids and their names. 

Table  Some Arrhenius Acids 

Formula Name 

HC2H3O2 (also written CH3COOH) acetic acid 

HClO3 chloric acid 

HCl hydrochloric acid 

HBr hydrobromic acid 

HI hydriodic acid 

HF hydrofluoric acid 

HNO3 nitric acid 

H2C2O4 oxalic acid 

HClO4 perchloric acid 

H3PO4 phosphoric acid 

H2SO4 sulfuric acid 

H2SO3 sulfurous acid 

An Arrhenius base is a compound that increases the OH− ion concentration in aqueous solution. Ionic compounds of the OH− 

ion are classic Arrhenius bases. 

Identify each compound as an Arrhenius acid, an Arrhenius base, or neither. 

a. HNO3 
b. CH3OH 
c. Mg(OH)2 

Solution 

Learning Objective 

Example 

339 (9.4.1.1.1)



a. This compound is an ionic compound between H+ ions and NO3
− ions, so it is an Arrhenius acid. 

b. Although this formula has an OH in it, we do not recognize the remaining part of the molecule as a cation. It is neither 
an acid nor a base. (In fact, it is the formula for methanol, an organic compound.) 

c. This formula also has an OH in it, but this time we recognize that the magnesium is present as Mg2+ cations. As such, 

this is an ionic compound of the OH− ion and is an Arrhenius base. 

Identify each compound as an Arrhenius acid, an Arrhenius base, or neither. 

1. KOH 
2. H2SO4 
3. C2H6 

Answer 

1. Arrhenius base 
2. Arrhenius acid 
3. neither 

Acids have some properties in common. They turn litmus, a plant extract, red. They react with some metals to give off H2 gas. 
They react with carbonate and hydrogen carbonate salts to give off CO2 gas. Acids that are ingested typically have a sour, sharp 
taste. (The name acid comes from the Latin word acidus, meaning "sour.") Bases also have some properties in common. They are 
slippery to the touch, turn litmus blue, and have a bitter flavor if ingested. 

Acids and bases have another property: they react with each other to make water and an ionic compound called a salt. A salt, 
in chemistry, is any ionic compound made by combining an acid with a base. A reaction between an acid and a base is called a 
neutralization reaction and can be represented as: 

acid + base → H2O + salt 

The stoichiometry of the balanced chemical equation depends on the number of H+ ions in the acid and the number of OH− ions 
in the base. 

Write the balanced chemical equation for the neutralization reaction between H2SO4 and KOH. What is the name of the salt 
that is formed? 

Solution 

The general reaction is as follows: 

H2SO4 + KOH → H2O + salt 

Because the acid has two H+ ions in its formula, we need two OH− ions to react with it, making two H2O molecules as 

product. The remaining ions, K+ and SO4
2−, make the salt potassium sulfate (K2SO4). The balanced chemical reaction is 

as follows: 

H2SO4 + 2KOH → 2H2O + K2SO4 

Exercise 

Example 
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Write the balanced chemical equation for the neutralization reaction between HCl and Mg(OH)2. What is the name of the salt 
that is formed? 

Answer available at the end of this section. 

Key Takeaways 

• An Arrhenius acid is a compound that increases the H+ ion concentration in aqueous solution. 

• An Arrhenius base is a compound that increases the OH− ion concentration in aqueous solution. 
• The reaction between an Arrhenius acid and an Arrhenius base is called neutralization and results in the formation of water 

and a salt. 

Answers 
Exercise 

2HCl + Mg(OH)2 → 2H2O + MgCl2; magnesium chloride 

Exercise 

This page titled 9.4.1.1: Properties of acids and bases is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by 
LibreTexts. 

• 12.2: Arrhenius Acids and Bases by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/
beginning-chemistry. 
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9.4.1.2: 8.1.1.1 Nomenclature of acids and bases 

• Extend previously introduced equilibrium concepts to acids and bases that may donate or accept more than one proton 

We can classify acids by the number of protons per molecule that they can give up in a reaction. Acids such as , , and 
 that contain one ionizable hydrogen atom in each molecule are called monoprotic acids. Their reactions with water are: 

Even though it contains four hydrogen atoms, acetic acid, , is also monoprotic because only the hydrogen atom from 
the carboxyl group ( ) reacts with bases: 

This image contains two equilibrium reactions. The first shows a C atom bonded to three H atoms and another C atom. The second C atom is 
double bonded to an O atom and also forms a single bond to another O atom. The second O atom is bonded to an H atom. There is a plus sign 
and then the molecular formula H subscript 2 O. An equilibrium arrow follows the H subscript 2 O. To the right of the arrow is H subscript 3 O 
superscript positive sign. There is a plus sign. The final structure shows a C atom bonded the three H atoms and another C atom. This second 
C atom is double bonded to an O atom and single bonded to another O atom. The entire structure is in brackets and a superscript negative 
sign appears outside the brackets. The second reaction shows C H subscript 3 C O O H ( a q ) plus H subscript 2 O ( l ) equilibrium arrow H 

subscript 3 O ( a q ) plus C H subscript 3 C O O superscript negative sign ( a q ). 

Similarly, monoprotic bases are bases that will accept a single proton. 

Diprotic Acids 

Diprotic acids contain two ionizable hydrogen atoms per molecule; ionization of such acids occurs in two steps. The first 
ionization always takes place to a greater extent than the second ionization. For example, sulfuric acid, a strong acid, ionizes as 
follows: 

• The first ionization is 

with   . 

• The second ionization is 

with   . 

This stepwise ionization process occurs for all polyprotic acids. When we make a solution of a weak diprotic acid, we get a solution 

Learning Objectives 
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that contains a mixture of acids. Carbonic acid, , is an example of a weak diprotic acid. The first ionization of carbonic acid 
yields hydronium ions and bicarbonate ions in small amounts. 

• First Ionization 

with 

The bicarbonate ion can also act as an acid. It ionizes and forms hydronium ions and carbonate ions in even smaller quantities. 

• Second Ionization 

with 

 is larger than  by a factor of 104, so H2CO3 is the dominant producer of hydronium ion in the solution. This 
means that little of the  formed by the ionization of H2CO3 ionizes to give hydronium ions (and carbonate ions), and the 

concentrations of H3O+ and  are practically equal in a pure aqueous solution of H2CO3. 

If the first ionization constant of a weak diprotic acid is larger than the second by a factor of at least 20, it is appropriate to treat 
the first ionization separately and calculate concentrations resulting from it before calculating concentrations of species resulting 

from subsequent ionization. This can simplify our work considerably because we can determine the concentration of H3O+ and 
the conjugate base from the first ionization, then determine the concentration of the conjugate base of the second ionization in 
a solution with concentrations determined by the first ionization. 

When we buy soda water (carbonated water), we are buying a solution of carbon dioxide in water. The solution is acidic 
because CO2 reacts with water to form carbonic acid, H2CO3. What are , , and  in a saturated solution 
of CO2 with an initial [H2CO3] = 0.033 M? 

Solution 

As indicated by the ionization constants, H2CO3 is a much stronger acid than , so  is the dominant producer of 
hydronium ion in solution. Thus there are two parts in the solution of this problem: 

1. Using the customary four steps, we determine the concentration of H3O+ and  produced by ionization of H2CO3. 

2. Then we determine the concentration of  in a solution with the concentration of H3O+ and  determined in 
(1). 

To summarize: 

Example : Ionization of a Diprotic Acid 
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Four tan rectangles are shown that are connected with right pointing arrows. The first is labeled “left bracket H subscript 2 C O subscript 
3 right bracket.” The second is labeled “left bracket H subscript 3 O superscript plus right bracket and left bracket H C O subscript 3 
superscript negative right bracket from H subscript 2 C O subscript 3.” The third is labeled “left bracket C O subscript 3 superscript 2 

negative right bracket from H C O subscript 3 superscript negative.” 

1. First Ionization: Determine the concentrations of  and . 

Since  is has a much bigger    than    for , we can safely 
ignore the second ionization step and focus only on the first step (but address it in next part of problem). 

As for the ionization of any other weak acid: 

Four tan rectangles are shown that are connected with right pointing arrows. The first is labeled “Determine the direction of change.” The 
second is labeled “Determine x and the equilibrium concentrations.” The third is labeled “Solve for x and the equilibrium concentrations.” 

The fourth is labeled “Check the math.” 

An abbreviated table of changes and concentrations shows: 

Abbreviated table of changes and concentrations 

ICE Table 

Initial (M)  - 

Change (M) - 

Equilibrium (M)   - 

Substituting the equilibrium concentrations into the equilibrium constant gives us: 

Solving the preceding equation making our standard assumptions gives: 

Thus: 

2. Second Ionization: Determine the concentration of  in a solution at equilibrium. 
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Since the  is has a much bigger  than , we can the equilibrium conditions calculated 
from first part of example as the initial conditions for an ICER Table for the : 

ICER Table for the : 

ICE Table 

Initial (M)   -   

Change (M) - 

Equilibrium (M)    -    

To avoid solving a quadratic equation, we can assume     so 

Rearranging to solve for 

To summarize: 

In part 1 of this example, we found that the  in a 0.033-M solution ionizes slightly and at equilibrium  

,   , and    . In part 2, we determined that    . 

The concentration of  in a saturated aqueous solution at room temperature is approximately 0.1 M. Calculate , 
, and  in the solution: 

msup

Answer available at the end of this section. 

Triprotic Acids 

A triprotic acid is an acid that has three dissociable protons that undergo stepwise ionization: Phosphoric acid is a typical 
example: 

• The first ionization is 

with   . 

Exercise : Hydrogen Sulfide 
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• The second ionization is 

with   . 

• The third ionization is 

with   . 

As with the diprotic acids, the differences in the ionization constants of these reactions tell us that in each successive step 
the degree of ionization is significantly weaker. This is a general characteristic of polyprotic acids and successive ionization 

constants often differ by a factor of about 105 to 106. This set of three dissociation reactions may appear to make calculations of 
equilibrium concentrations in a solution of H3PO4 complicated. However, because the successive ionization constants differ by a 

factor of 105 to 106, the calculations can be broken down into a series of parts similar to those for diprotic acids. 

Polyprotic bases can accept more than one hydrogen ion in solution. The carbonate ion is an example of a diprotic base, since it 
can accept up to two protons. Solutions of alkali metal carbonates are quite alkaline, due to the reactions: 

and 

Summary 

An acid that contains more than one ionizable proton is a polyprotic acid. The protons of these acids ionize in steps. The 
differences in the acid ionization constants for the successive ionizations of the protons in a polyprotic acid usually vary by 
roughly five orders of magnitude. As long as the difference between the successive values of Ka of the acid is greater than about 
a factor of 20, it is appropriate to break down the calculations of the concentrations of the ions in solution into a series of steps. 

Glossary 
diprotic acid 

acid containing two ionizable hydrogen atoms per molecule. A diprotic acid ionizes in two steps 

diprotic base 
base capable of accepting two protons. The protons are accepted in two steps 

monoprotic acid 
acid containing one ionizable hydrogen atom per molecule 

stepwise ionization 
process in which an acid is ionized by losing protons sequentially 

triprotic acid 
acid that contains three ionizable hydrogen atoms per molecule; ionization of triprotic acids occurs in three steps 

Answers 
Exercise : Hydrogen Sulfide 

 ,    ,    

We note that the concentration of the sulfide ion is the same as Ka2. This is due to the fact that each subsequent dissociation occurs to a lesser degree (as acid 
gets weaker). 
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9.4.1.3: Naming Acids and Bases [Under Construction] 
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9.4.2: Brønsted-Lowry Acids and Bases 

• Identify a Brønsted-Lowry acid and a Brønsted-Lowry base. 
• Identify conjugate acid-base pairs in an acid-base reaction. 

The Arrhenius definition of acid and base is limited to aqueous (that is, water) solutions. Although this is useful because water 

is a common solvent, it is limited to the relationship between the H+ ion and the OH− ion. What would be useful is a general 
definition more applicable to other chemical reactions and, importantly, independent of H2O. 

In 1923, Danish chemist Johannes Brønsted and English chemist Thomas Lowry independently proposed new definitions for acids 

and bases, ones that focus on proton transfer. A Brønsted-Lowry acid is any species that can donate a proton (H+) to another 
molecule. A Brønsted-Lowry base is any species that can accept a proton from another molecule. In short, a Brønsted-Lowry 
acid is a proton donor (PD), while a Brønsted-Lowry base is a proton acceptor (PA). 

It is easy to see that the Brønsted-Lowry definition covers the Arrhenius definition of acids and bases. Consider the prototypical 
Arrhenius acid-base reaction: 

Acid species and base species are marked. The proton, however, is (by definition) a proton donor (labeled PD), while the OH− ion 
is acting as the proton acceptor (labeled PA): 

The proton donor is a Brønsted-Lowry acid, and the proton acceptor is the Brønsted-Lowry base: 

Thus H+ is an acid by both definitions, and OH− is a base by both definitions. 

Ammonia (NH3) is a base even though it does not contain OH− ions in its formula. Instead, it generates OH− ions as the product 
of a proton-transfer reaction with H2O molecules; NH3 acts like a Brønsted-Lowry base, and H2O acts like a Brønsted-Lowry acid: 

A reaction with water is called hydrolysis; we say that NH3 hydrolyzes to make NH4
+ ions and OH− ions. 

Even the dissolving of an Arrhenius acid in water can be considered a Brønsted-Lowry acid-base reaction. Consider the process 
of dissolving HCl(g) in water to make an aqueous solution of hydrochloric acid. The process can be written as follows: 

Learning Objectives 
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HCl(g) is the proton donor and therefore a Brønsted-Lowry acid, while H2O is the proton acceptor and a Brønsted-Lowry base. 
These two examples show that H2O can act as both a proton donor and a proton acceptor, depending on what other substance 
is in the chemical reaction. A substance that can act as a proton donor or a proton acceptor is called amphiprotic. Water is 
probably the most common amphiprotic substance we will encounter, but other substances are also amphiprotic. 

Identify the Brønsted-Lowry acid and the Brønsted-Lowry base in this chemical equation. 

Solution 

The C6H5OH molecule is losing an H+; it is the proton donor and the Brønsted-Lowry acid. The NH2
− ion (called the amide 

ion) is accepting the H+ ion to become NH3, so it is the Brønsted-Lowry base. 

Identify the Brønsted-Lowry acid and the Brønsted-Lowry base in this chemical equation. 

Answer available at the end of this section. 

In the reaction between NH3 and H2O, 

the chemical reaction does not go to completion; rather, the reverse process occurs as well, and eventually the two processes 
cancel out any additional change. At this point, we say the chemical reaction is at equilibrium. Both processes still occur, but 
any net change by one process is countered by the same net change of the other process; it is a dynamic, rather than a static, 
equilibrium. Because both reactions are occurring, it makes sense to use a double arrow instead of a single arrow: 

What do you notice about the reverse reaction? The NH4
+ ion is donating a proton to the OH− ion, which is accepting it. This 

means that the NH4
+ ion is acting as the proton donor, or Brønsted-Lowry acid, while the OH− ion, the proton acceptor, is acting 

as a Brønsted-Lowry base. The reverse reaction is also a Brønsted-Lowry acid base reaction: 

Example 

Exercise : Aluminum Ions in Solution 
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This means that both reactions are acid-base reactions by the Brønsted-Lowry definition. If you consider the species in this 
chemical reaction, two sets of similar species exist on both sides. Within each set, the two species differ by a proton in their 
formulas, and one member of the set is a Brønsted-Lowry acid, while the other member is a Brønsted-Lowry base. These sets are 
marked here: 

The two sets—NH3/NH4
+ and H2O/OH−—are called conjugate acid-base pairs. We say that NH4

+ is the conjugate acid of 

NH3, OH− is the conjugate base of H2O, and so forth. Every Brønsted-Lowry acid-base reaction can be labeled with two conjugate 
acid-base pairs. 

Identify the conjugate acid-base pairs in this equilibrium. 

Solution 

One pair is H2O and OH−, where H2O has one more H+ and is the conjugate acid, while OH− has one less H+ and is the 

conjugate base. The other pair consists of (CH3)3N and (CH3)3NH+, where (CH3)3NH+ is the conjugate acid (it has an 
additional proton) and (CH3)3N is the conjugate base. 

Identify the conjugate acid-base pairs in this equilibrium. 

Answer available at the end of this section. 

Many household products are acids or bases. For example, the owner of a swimming pool may use muriatic acid to clean 
the pool. Muriatic acid is another name for HCl(aq). In Section 4.6, vinegar was mentioned as a dilute solution of acetic acid 
[HC2H3O2(aq)]. In a medicine chest, one may find a bottle of vitamin C tablets; the chemical name of vitamin C is ascorbic 
acid (HC6H7O6). 

Example 

Exercise 

Chemistry is Everywhere: Household Acids and Bases 
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One of the more familiar household bases is NH3, which is found in numerous cleaning products. NH3 is a base because it 

increases the OH− ion concentration by reacting with H2O: 

NH3(aq) + H2O(ℓ) → NH4
+(aq) + OH−(aq) 

Many soaps are also slightly basic because they contain compounds that act as Brønsted-Lowry bases, accepting protons 

from H2O and forming excess OH− ions. This is one explanation for why soap solutions are slippery. 

Perhaps the most dangerous household chemical is the lye-based drain cleaner. Lye is a common name for NaOH, although 
it is also used as a synonym for KOH. Lye is an extremely caustic chemical that can react with grease, hair, food particles, 
and other substances that may build up and clog a water pipe. Unfortunately, lye can also attack body tissues and other 
substances in our bodies. Thus when we use lye-based drain cleaners, we must be very careful not to touch any of the solid 
drain cleaner or spill the water it was poured into. Safer, non-lye drain cleaners (like the one in the accompanying figure) use 
peroxide compounds to react on the materials in the clog and clear the drain. 

Figure  Drain Cleaners. Drain cleaners can be made from a reactive material that is less caustic than a base. Source: Photo used by 
permission of Citrasolv, LLC. 

Key Takeaways 

• A Brønsted-Lowry acid is a proton donor; a Brønsted-Lowry base is a proton acceptor. 
• Acid-base reactions include two sets of conjugate acid-base pairs. 

Answers 
Exercise : Aluminum Ions in Solution 

Brønsted-Lowry acid: Al(H2O)63+; Brønsted-Lowry base: H2O 

Exercise 

H2O (acid) and OH− (base); NH2− (base) and NH3 (acid) 

This page titled 9.4.2: Brønsted-Lowry Acids and Bases is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated 
by LibreTexts. 

• 12.3: Brønsted-Lowry Acids and Bases by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/
books/beginning-chemistry. 
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9.4.2.1: Amphoteric nature of water 

• Identify a Brønsted-Lowry acid and a Brønsted-Lowry base. 
• Identify conjugate acid-base pairs in an acid-base reaction. 

The Arrhenius definition of acid and base is limited to aqueous (that is, water) solutions. Although this is useful because water 

is a common solvent, it is limited to the relationship between the H+ ion and the OH− ion. What would be useful is a general 
definition more applicable to other chemical reactions and, importantly, independent of H2O. 

In 1923, Danish chemist Johannes Brønsted and English chemist Thomas Lowry independently proposed new definitions for acids 

and bases, ones that focus on proton transfer. A Brønsted-Lowry acid is any species that can donate a proton (H+) to another 
molecule. A Brønsted-Lowry base is any species that can accept a proton from another molecule. In short, a Brønsted-Lowry 
acid is a proton donor (PD), while a Brønsted-Lowry base is a proton acceptor (PA). 

It is easy to see that the Brønsted-Lowry definition covers the Arrhenius definition of acids and bases. Consider the prototypical 
Arrhenius acid-base reaction: 

Acid species and base species are marked. The proton, however, is (by definition) a proton donor (labeled PD), while the OH− ion 
is acting as the proton acceptor (labeled PA): 

The proton donor is a Brønsted-Lowry acid, and the proton acceptor is the Brønsted-Lowry base: 

Thus H+ is an acid by both definitions, and OH− is a base by both definitions. 

Ammonia (NH3) is a base even though it does not contain OH− ions in its formula. Instead, it generates OH− ions as the product 
of a proton-transfer reaction with H2O molecules; NH3 acts like a Brønsted-Lowry base, and H2O acts like a Brønsted-Lowry acid: 

A reaction with water is called hydrolysis; we say that NH3 hydrolyzes to make NH4
+ ions and OH− ions. 

Even the dissolving of an Arrhenius acid in water can be considered a Brønsted-Lowry acid-base reaction. Consider the process 
of dissolving HCl(g) in water to make an aqueous solution of hydrochloric acid. The process can be written as follows: 

Learning Objectives 
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HCl(g) is the proton donor and therefore a Brønsted-Lowry acid, while H2O is the proton acceptor and a Brønsted-Lowry base. 
These two examples show that H2O can act as both a proton donor and a proton acceptor, depending on what other substance 
is in the chemical reaction. A substance that can act as a proton donor or a proton acceptor is called amphiprotic. Water is 
probably the most common amphiprotic substance we will encounter, but other substances are also amphiprotic. 

Identify the Brønsted-Lowry acid and the Brønsted-Lowry base in this chemical equation. 

Solution 

The C6H5OH molecule is losing an H+; it is the proton donor and the Brønsted-Lowry acid. The NH2
− ion (called the amide 

ion) is accepting the H+ ion to become NH3, so it is the Brønsted-Lowry base. 

Identify the Brønsted-Lowry acid and the Brønsted-Lowry base in this chemical equation. 

Answer available at the end of this section. 

In the reaction between NH3 and H2O, 

the chemical reaction does not go to completion; rather, the reverse process occurs as well, and eventually the two processes 
cancel out any additional change. At this point, we say the chemical reaction is at equilibrium. Both processes still occur, but 
any net change by one process is countered by the same net change of the other process; it is a dynamic, rather than a static, 
equilibrium. Because both reactions are occurring, it makes sense to use a double arrow instead of a single arrow: 

What do you notice about the reverse reaction? The NH4
+ ion is donating a proton to the OH− ion, which is accepting it. This 

means that the NH4
+ ion is acting as the proton donor, or Brønsted-Lowry acid, while the OH− ion, the proton acceptor, is acting 

as a Brønsted-Lowry base. The reverse reaction is also a Brønsted-Lowry acid base reaction: 

Example 

Exercise : Aluminum Ions in Solution 
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This means that both reactions are acid-base reactions by the Brønsted-Lowry definition. If you consider the species in this 
chemical reaction, two sets of similar species exist on both sides. Within each set, the two species differ by a proton in their 
formulas, and one member of the set is a Brønsted-Lowry acid, while the other member is a Brønsted-Lowry base. These sets are 
marked here: 

The two sets—NH3/NH4
+ and H2O/OH−—are called conjugate acid-base pairs. We say that NH4

+ is the conjugate acid of 

NH3, OH− is the conjugate base of H2O, and so forth. Every Brønsted-Lowry acid-base reaction can be labeled with two conjugate 
acid-base pairs. 

Identify the conjugate acid-base pairs in this equilibrium. 

Solution 

One pair is H2O and OH−, where H2O has one more H+ and is the conjugate acid, while OH− has one less H+ and is the 

conjugate base. The other pair consists of (CH3)3N and (CH3)3NH+, where (CH3)3NH+ is the conjugate acid (it has an 
additional proton) and (CH3)3N is the conjugate base. 

Identify the conjugate acid-base pairs in this equilibrium. 

Answer available at the end of this section. 

Many household products are acids or bases. For example, the owner of a swimming pool may use muriatic acid to clean 
the pool. Muriatic acid is another name for HCl(aq). In Section 4.6, vinegar was mentioned as a dilute solution of acetic acid 
[HC2H3O2(aq)]. In a medicine chest, one may find a bottle of vitamin C tablets; the chemical name of vitamin C is ascorbic 
acid (HC6H7O6). 

Example 

Exercise 

Chemistry is Everywhere: Household Acids and Bases 
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One of the more familiar household bases is NH3, which is found in numerous cleaning products. NH3 is a base because it 

increases the OH− ion concentration by reacting with H2O: 

NH3(aq) + H2O(ℓ) → NH4
+(aq) + OH−(aq) 

Many soaps are also slightly basic because they contain compounds that act as Brønsted-Lowry bases, accepting protons 

from H2O and forming excess OH− ions. This is one explanation for why soap solutions are slippery. 

Perhaps the most dangerous household chemical is the lye-based drain cleaner. Lye is a common name for NaOH, although 
it is also used as a synonym for KOH. Lye is an extremely caustic chemical that can react with grease, hair, food particles, 
and other substances that may build up and clog a water pipe. Unfortunately, lye can also attack body tissues and other 
substances in our bodies. Thus when we use lye-based drain cleaners, we must be very careful not to touch any of the solid 
drain cleaner or spill the water it was poured into. Safer, non-lye drain cleaners (like the one in the accompanying figure) use 
peroxide compounds to react on the materials in the clog and clear the drain. 

Figure  Drain Cleaners. Drain cleaners can be made from a reactive material that is less caustic than a base. Source: Photo used 
by permission of Citrasolv, LLC. 

Key Takeaways 

• A Brønsted-Lowry acid is a proton donor; a Brønsted-Lowry base is a proton acceptor. 
• Acid-base reactions include two sets of conjugate acid-base pairs. 

Answers 
Exercise : Aluminum Ions in Solution 

Brønsted-Lowry acid: Al(H2O)63+; Brønsted-Lowry base: H2O 

Exercise 

H2O (acid) and OH− (base); NH2− (base) and NH3 (acid) 

This page titled 9.4.2.1: Amphoteric nature of water is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by 
LibreTexts. 

• 12.3: Brønsted-Lowry Acids and Bases by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/
books/beginning-chemistry. 
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10: CHAPTER 8B - ACID-BASE BUFFERS 

10.1: What is a buffer? 

10.2: Buffer capacity 

10.3: Henderson-Hasselbalch Approximation 

10.4: Biological Buffers 

This page titled 10: Chapter 8B - Acid-Base Buffers is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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10.1: What is a buffer? 

Learning Objectives 

• Define buffer. 
• Describe how buffer solution reacts with an acid or a base. 

How do we define a buffer? 

A buffer is an aqueous solution that resists changes in pH upon the addition of an acid or a base”. Also, adding water to a buffer 
or allowing water to evaporate from the buffer does not change the pH of a buffer significantly. Buffers basically constituent a pair 
of a weak acid and its conjugate base, or a pair of a weak base and its conjugate acid. 

How do we prepare a buffer? 

A buffer is essentially prepared in two ways 

• mixing a large volume of a weak acid with its conjugate base (eg. acetic acid – acetate ion, CH3COOH – CH3COO-) 

• mixing a large volume of weak base with its conjugate acid (eg. ammonia – ammonium ion, NH3 – NH4
+) 

Phosphate buffer is a very commonly used buffer in research labs. It falls under the second category. It's made up of a weak base 

(HPO4
2-) and its conjugate acid (H2PO4

-). The pH of a phosphate buffer is usually maintained at a physiological pH of 7.4. 

How does a buffer work? 

Buffer, as we have defined, is a mixture of a conjugate acid-base pair that can resist changes in pH when small volumes of strong 
acids or bases are added. 

• When a strong base is added, the acid present in the buffer neutralizes the hydroxide ions (OH-). 

• When a strong acid is added, the base present in the buffer neutralizes the hydronium ions (H3O+). 

Let’s understand this principle through the two examples we listed above. 

1. Suppose we have a buffer that contains acetic acid (CH3COOH) and its conjugate base, acetate ion (CH3COO-), as depicted 
below. 
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When a strong acid is added, the acetate ions neutralize the hydronium ions producing acetic acid (which is already a component 
of the buffer). 

On the other hand, when a strong base is added, acetic acid consumes the hydroxide ions producing acetate ions (which is also 
already a constituent of the buffer). 

2. Suppose we have a buffer that contains a weak base (NH3) and its conjugate acid, ammonium ion (NH4
+), as shown below. 
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When a strong acid is added, ammonia neutralizes the hydronium ions producing ammonium ions (which is already a component 
of the buffer). 

On the other hand, when a strong base is added, ammonium ions consume the hydroxide ions producing ammonia (which is also 
already a constituent of the buffer). 

Key Takeaway 

• A buffer is a solution that resists sudden changes in pH 

• When a strong base is added, the acid present in the buffer neutralizes the hydroxide ions (OH-). 

• When a strong acid is added, the base present in the buffer neutralizes the hydronium ions (H3O+) 
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Contributions and Attributions 

The source content can be found at https://www.khanacademy.org/test-prep/mcat/chemical-processes/acid-base-equilibria/a/
chemistry-of-buffers-and-buffers-in-blood. Page content has been edited and updated to conform to the style and standards of 
the LibreTexts platform. 

This page titled 10.1: What is a buffer? is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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10.2: Buffer capacity 

Buffer capacity of a buffer 

Let’s assume our buffer is made up of a weak acid (HA) and its conjugate base (A-). In this case, the equilibrium constant of the 
weak acid will be represented as: 

The above expression can be rearranged to give: 

Since Ka is a constant, [H3O] will depend directly on the ratio of [HA]/[A-]. 

pH=−log[H3O+] 

The function of a buffer is to keep the pH of a solution within a narrow range. As you can notice from the above equation, the 

ratio of [HA]/[A-] directly influences the pH of a solution. In other words, the actual concentrations of A- and HA influence the 
effectiveness of a buffer. 

A- + HCl → HA + Cl- 

This will slightly change the pH by altering the ratio [HA]/[A-] as [A-] and [HA] are constantly changing, but as long as there is 

enough A- present, the change in pH will be small. But if we keep adding HCl, eventually A- will run out. Once there is no more A- 

left, any additional HCl will donate its proton to water (HCl + H2O → H3O+ + Cl-). This will dramatically increase the concentration 

[ H3O+], leading to a drastic change in the pH of the solution. 

So, in order to be an effective buffer, 

• The number of moles of the weak acid and its conjugate base must be significantly large compared to the number of moles 
of strong acid or base that may be added. 

• The best buffering will occur when the ratio of [HA] to [A-] is almost 1:1. In that case pH = pKa. Buffers are considered to be 

effective when the ratio of [HA] to [A-] ranges anywhere between 10:1 and 1:10. 

Contributions and Attributions 

The source content can be found at https://www.khanacademy.org/test-prep/mcat/chemical-processes/acid-base-equilibria/a/
chemistry-of-buffers-and-buffers-in-blood. Page content has been edited and updated to conform to the style and standards of 
the LibreTexts platform. 

This page titled 10.2: Buffer capacity is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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10.3: Henderson-Hasselbalch Approximation 

• Define the Henderson-Hasselbalch approximation. 
• Calculate hydronium concentration using the Henderson-Hasselbalch approximation. 
• Calculate pH using the Henderson-Hasselbalch approximation. 
• Calculate pKa using the Henderson-Hasselbalch approximation. 

The Henderson-Hasselbalch approximation allows us one method to approximate the pH of a buffer solution. The basic equation 
is as follows: 

We have straightforward calculations for strong acids and bases, but the computations behind buffers are rather complex and 
time consuming. By using the fact that weak acids and bases barely ionize, allowing us to approximate the pH of buffer solutions 
using initial concentrations. Though the approximation has a few restrictions, it simplifies a lengthy calculation into a simple 
equation derived from . 

Lawrence Joseph Henderson (1878-1942) was a talented biochemist, among many other titles, who spent most of his career 
at Harvard. He was responsible for developing the components of the equation after studying equilibrium reactions that 
took place within blood as a result of respiration (specializing in "fatigue"). His equation was incomplete without the solid 
calculations into it provided by Hasselbalch. 

Karl Albert Hasselbalch (1874-1962) was a chemist who studied pH closely. He also studied blood and reactions that took 
place with oxygen, to put in the simplest of terms. He eventually modified Henderson's equation by putting mathematical 
logs into it creating a solid relationship. 

Derivation for Buffers from Weak Acids 

For a weak acid  and its conjugate base : 

   

which has an acid ionization constant . The Henderson-Hasselbalch approximation is derived from this acid ionization 
constant. 

Learning Objectives 

Lawrence Joseph Henderson and Karl Albert Hasselbalch 
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Equation  is formulated in terms of equilibrium concentrations in solution. Since  is a weak acid and weakly dissociates 
and we can introduce two approximations 

and 

Hence, we can use the initial concentrations rather than equilibrium concentrations because 

Find  in a solution of 1.0 M  and 0.225 M . The  for  is   (Table E1). 

Solution 

What ratio  will create an acetic acid buffer of pH 5.0? (  acetic acid is   (Table E1). 

Solution 

Example : Nitrous acid buffer 

Example : Acetic Acid buffer 
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Derivation for Buffers from Weak Bases 

Similarly, for a weak base  and its conjugate acid : 

which has an base ionization constant . The Henderson-Hasselbalch approximation for basic buffers is derived from this base 
ionization constant. 

Note that  is a weak base and does not dissociate completely and we can say   and  . Hence, we can use 
the initial concentrations because 

You prepare a buffer solution of 0.323 M  and . What molarity of  is necessary to have a pH of 
8.6? The  for  is 4.74 (Table E2). 

Solution 

What is the pH of a buffer 0.500 moles acetic acid and 0.500 moles acetate ion and the total volume is 5 L when you add 
0.350 moles HCl? The  for acetic acid is   (Table E1). 

Solution 

Example : Ammonium Buffer 

Example : Buffering Capability 
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note that mole ratio also works in place of concentrations as both the acid and base are in the same solution 

What is the range of an acetic acid buffer described in problem  without the added ? 

Solution 

The effective buffer range is of magnitude 2 pH units with the  as the midpoint. 

Hence, the buffer range would be 3.75 to 5.75. 

• 

• The molarity of the buffer(s) should be 100x that of the acid ionization constant, or Ka. 
• This equation will give poor or inaccurate results if there are strong acids or bases. pKa values between 5 and 9 will give 

good approximations, but when we are out of this range there is a strong chance that the pH value will be incorrect.J 

In other words near the end or the beginning of a titration where the "relative concentrations of the acid or base differ 

substantially[,]... approximate calculations break down."J 

References 

1. "Henderson-Hasselbalch Equation: Its History and Limitations," Henry N. Po and N. M. Senozan, J. Chem. Educ., 2001, 78 (11), 
p 1499 
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3. Petrucci, et al. General Chemistry: Principles & Modern Applications. 9th ed. Upper Saddle River, New Jersey 2007. 
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Example : effective buffer range 
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10.4: Biological Buffers 

Learning Objectives 

• Identify and understand the buffer systems in the body 

Buffer Systems in the Body 

The buffer systems in the human body are extremely efficient, and different systems work at different rates. It takes only seconds 
for the chemical buffers in the blood to make adjustments to pH. The respiratory tract can adjust the blood pH upward in minutes 

by exhaling CO2 from the body. The renal system can also adjust blood pH through the excretion of hydrogen ions (H+) and the 
conservation of bicarbonate, but this process takes hours to days to have an effect. 

The buffer systems functioning in blood plasma include plasma proteins, phosphate, and bicarbonate and carbonic acid buffers. 
The kidneys help control acid-base balance by excreting hydrogen ions and generating bicarbonate that helps maintain blood 
plasma pH within a normal range. Protein buffer systems work predominantly inside cells. 

Phosphate Buffer 

Phosphates are found in the blood in two forms: sodium dihydrogen phosphate (Na2H2PO4
−), which is a weak acid, and sodium 

monohydrogen phosphate (Na2HPO4
2-), which is a weak base. When Na2HPO4

2- comes into contact with a strong acid, such as 

HCl, the base picks up a second hydrogen ion to form the weak acid Na2H2PO4
− and sodium chloride, NaCl. When Na2HPO4

2− 

(the weak acid) comes into contact with a strong base, such as sodium hydroxide (NaOH), the weak acid reverts back to the weak 
base and produces water. Acids and bases are still present, but they hold onto the ions. 

HCl + Na2HPO4 → NaH2PO4 + NaCl 

(strong acid) + (weak base) → (weak acid) + (salt) 

NaOH + NaH2PO4 → Na2HPO4 + H2O 

(strong base) + (weak acid) → (weak base) + (water) 

Bicarbonate-Carbonic Acid Buffer 

Maintaining a constant blood pH is critical for the proper functioning of our body. The buffer that maintains the pH of human 

blood involves a carbonic acid (H2CO3) - bicarbonate ion (HCO3
-) 
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When any acidic substance enters the bloodstream, the bicarbonate ions neutralize the hydronium ions forming carbonic acid 
and water. Carbonic acid is already a component of the buffering system of blood. Thus hydronium ions are removed, preventing 
the pH of blood from becoming acidic. 

On the other hand, when a basic substance enters the bloodstream, carbonic acid reacts with the hydroxide ions producing 
bicarbonate ions and water. Bicarbonate ions are already a component of the buffer. In this manner, the hydroxide ions are 
removed from blood, preventing the pH of blood from becoming basic. 

As depicted below, in the process of neutralizing hydronium ions or hydroxide ions, the relative concentrations of carbonic acid 

(H2CO3) and bicarbonate ions (HCO3
-) fluctuate in the bloodstream. But this slight change in the concentrations of the two 

components of the buffering system doesn’t have any adverse effect; the critical thing is that this buffering mechanism prevents 
the blood from becoming acidic or basic, which can be detrimental. 

368 (10.4.2)



The pH of blood is maintained at ~ 7.4 by the carbonic acid–bicarbonate ion buffering system. 

Disorders of Acid-Base Balance 

Respiratory Acidosis: Primary Carbonic Acid/CO2 Excess 

Respiratory acidosis occurs when the blood is overly acidic due to an excess of carbonic acid, resulting from too much CO2 

in the blood. Respiratory acidosis can result from anything that interferes with respiration, such as pneumonia, emphysema, or 
congestive heart failure. 

Respiratory Alkalosis: Primary Carbonic Acid/CO2 Deficiency 

Respiratory alkalosis occurs when the blood is overly alkaline due to a deficiency in carbonic acid and CO2 levels in the blood. 
This condition usually occurs when too much CO2 is exhaled from the lungs, as occurs in hyperventilation, which is breathing that 
is deeper or more frequent than normal. An elevated respiratory rate leading to hyperventilation can be due to extreme emotional 
upset or fear, fever, infections, hypoxia, or abnormally high levels of catecholamines, such as epinephrine and norepinephrine. 
Surprisingly, aspirin overdose—salicylate toxicity—can result in respiratory alkalosis as the body tries to compensate for initial 
acidosis. 

Respiratory Compensation 

Respiratory compensation for metabolic acidosis increases the respiratory rate to drive off CO2 and readjust the bicarbonate to 
carbonic acid ratio to the 20:1 level. This adjustment can occur within minutes. Respiratory compensation for metabolic alkalosis 
is not as adept as its compensation for acidosis. The normal response of the respiratory system to elevated pH is to increase the 
amount of CO2 in the blood by decreasing the respiratory rate to conserve CO2. There is a limit to the decrease in respiration, 
however, that the body can tolerate. Hence, the respiratory route is less efficient at compensating for metabolic alkalosis than for 
acidosis. 

Key Takeaway 

Contributors and Attributions 

1. Phosphate buffer: The source content can be found at https://pressbooks.bccampus.ca/dcbiol12031209/chapter/26-4-acid-
base-balance/. Page content has been edited and updated to conform to the style and standards of the LibreTexts platform. 

2. Bicarbonate-Carbonic Acid Buffer: The source content can be found at https://www.khanacademy.org/test-prep/mcat/chemical-
processes/acid-base-equilibria/a/chemistry-of-buffers-and-buffers-in-blood. Page content has been edited and updated to 
conform to the style and standards of the LibreTexts platform. 

3. Disorders of Acid-Base Balance: The source content can be found at https://bio.libretexts.org/Courses/Lumen_Learning/
Book%3A_Anatomy_and_Physiology_II_(Lumen)/12%3A_Module_10-_Fluid_Electrolyte_and_Acid-Base_Balance/
1.06%3A_Disorders_of_Acid-Base_Balance Page content has been edited and updated. 

This page titled 10.4: Biological Buffers is shared under a license and was authored, remixed, and/or curated by LibreTexts. 

369 (10.4.3)

https://pressbooks.bccampus.ca/dcbiol12031209/chapter/26-4-acid-base-balance/
https://pressbooks.bccampus.ca/dcbiol12031209/chapter/26-4-acid-base-balance/
https://www.khanacademy.org/test-prep/mcat/chemical-processes/acid-base-equilibria/a/chemistry-of-buffers-and-buffers-in-blood
https://www.khanacademy.org/test-prep/mcat/chemical-processes/acid-base-equilibria/a/chemistry-of-buffers-and-buffers-in-blood
https://bio.libretexts.org/Courses/Lumen_Learning/Book%3A_Anatomy_and_Physiology_II_(Lumen)/12%3A_Module_10-_Fluid_Electrolyte_and_Acid-Base_Balance/1.06%3A_Disorders_of_Acid-Base_Balance
https://bio.libretexts.org/Courses/Lumen_Learning/Book%3A_Anatomy_and_Physiology_II_(Lumen)/12%3A_Module_10-_Fluid_Electrolyte_and_Acid-Base_Balance/1.06%3A_Disorders_of_Acid-Base_Balance
https://bio.libretexts.org/Courses/Lumen_Learning/Book%3A_Anatomy_and_Physiology_II_(Lumen)/12%3A_Module_10-_Fluid_Electrolyte_and_Acid-Base_Balance/1.06%3A_Disorders_of_Acid-Base_Balance
https://bio.libretexts.org/Courses/Lumen_Learning/Book%3A_Anatomy_and_Physiology_II_(Lumen)/12%3A_Module_10-_Fluid_Electrolyte_and_Acid-Base_Balance/1.06%3A_Disorders_of_Acid-Base_Balance
https://chem.libretexts.org/Courses/South_Puget_Sound_Community_College/Chem_121%3A_Introduction_to_Chemistry/10%3A_Chapter_8B_-__Acid-Base_Buffers/10.04%3A_Biological_Buffers


11: CHAPTER 9 - GASES 

11.1: Pressure and units 

11.2: Combined gas law 

11.3: Ideal Gas Law 

11.4: Partial pressure 

11.5: Gas collection by water displacement 

This page titled 11: Chapter 9 - Gases is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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11.1: Pressure and units 

• Define pressure. 
• Learn the units of pressure and how to convert between them. 

The kinetic theory of gases indicates that gas particles are always in motion and are colliding with other particles and the walls 
of the container holding them. Although collisions with container walls are elastic (i.e., there is no net energy gain or loss because 
of the collision), a gas particle does exert a force on the wall during the collision. The accumulation of all these forces, distributed 
over the area of the walls of the container, causes pressure. Pressure ( ) is defined as the force of all the gas particle/wall 
collisions divided by the area of the wall: 

All gases exert pressure; it is one of the fundamental measurable quantities of this phase of matter. Even our atmosphere exerts 
pressure—in this case, the gas is being "held in" by the earth's gravity, rather than the gas being in a container. The pressure of 

the atmosphere is about 14.7 pounds of force for every square inch of surface area: 14.7 lb/in2. 

Pressure has a variety of units. The formal, SI-approved unit of pressure is the pascal (Pa), which is defined as 1 N/m2 (one 
newton of force over an area of one square meter). However, this is usually too small in magnitude to be useful. A common unit 
of pressure is the atmosphere (atm), which was originally defined as the average atmospheric pressure at sea level. 

However, "average atmospheric pressure at sea level" is difficult to pinpoint because of atmospheric pressure variations. A 
more reliable and common unit is millimeters of mercury (mmHg), which is the amount of pressure exerted by a column of 
mercury exactly 1 mm high. An equivalent unit is the torr, which equals 1 mmHg. (The torr is named after Evangelista Torricelli, 
a seventeenth-century Italian scientist who invented the mercury barometer.) With these definitions of pressure, the atmosphere 
unit is redefined: 1 atm is defined as exactly 760 mmHg, or 760 torr. We thus have the following equivalencies: 

1 atm=760 mmHg=760 torr 

We can use these equivalencies as with any equivalencies—to perform conversions from one unit to another. Relating these to 
the formal SI unit of pressure, 1 atm = 101,325 Pa. 

How many atmospheres are there in 595 torr? 

Solution 

Using the pressure equivalencies, we construct a conversion factor between torr and atmospheres: 

Because the numbers in the conversion factor are exact, the number of significant figures in the final answer is determined 
by the initial value of pressure. 

Learning Objectives 

Example : Pressure Conversion 
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How many atmospheres are there in 1,022 torr? 

Answer available at the end of this section. 

The atmosphere on Mars is largely CO2 at a pressure of 6.01 mmHg. What is this pressure in atmospheres? 

Solution 

Use the pressure equivalencies to construct the proper conversion factor between millimeters of mercury and atmospheres. 

At the end, we expressed the answer in scientific notation. 

Atmospheric pressure is low in the eye of a hurricane. In a 1979 hurricane in the Pacific Ocean, a pressure of 0.859 atm was 
reported inside the eye. What is this pressure in torr? 

Answer available at the end of this section. 

Key Takeaway 

• Pressure is a force exerted over an area. 
• Pressure has several common units that can be converted. 
• Pressure can be measured using a barometer or manometer. 

Answers 
Exercise 

1.345 atm 

Exercise 

652 torr 

Exercise 

Example : Mars 

Exercise 

This page titled 11.1: Pressure and units is shared under a license and was authored, remixed, and/or curated by LibreTexts. 

• 6.3: Pressure by Anonymous is licensed CC BY-NC-SA 3.0. Original source: https://2012books.lardbucket.org/books/beginning-chemistry. 
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11.2: Combined gas law 

Learning Objectives 

• Learn and apply the combined gas law. 
• Understand the relationship between PV, VT, and PT 
• Solve for Pressure, Volume, or Temperature of a gas system using the Combined Gas Law 

Each day, hundreds of weather balloons are launched. Made of a synthetic rubber and carrying a box of instruments, each helium-
filled balloon rises up into the sky. As a balloon gains altitude, the atmospheric pressure becomes less and the balloon expands. 
At some point the balloon bursts due to the expansion; the instruments drop (aided by a parachute) to be retrieved and studied 
for information about the weather. 

Boyle's Law 

Robert Boyle (1627-1691), an English chemist, is widely considered to be one of the founders of the modern experimental science 
of chemistry. He discovered that doubling the pressure of an enclosed sample of gas, while keeping its temperature constant, 
caused the volume of the gas to be reduced by half. Boyle's law states that the volume of a given mass of gas varies inversely with 
the pressure when the temperature is kept constant. An inverse relationship is described in this way. As one variable increases in 
value, the other variable decreases. 

Physically, what is happening? The gas molecules are moving and are a certain distance apart from one another. An increase in 
pressure pushes the molecules closer together, reducing the volume. If the pressure is decreased, the gases are free to move 
about in a larger volume. 

Mathematically, Boyle's law can be expressed by the equation: 

The  is a constant for a given sample of gas and depends only on the mass of the gas and the temperature. 

Boyle's Law can be used to compare changing conditions for a gas. We use  and  to stand for the initial pressure and initial 
volume of a gas. After a change has been made,  and  stand for the final pressure and volume. The mathematical relationship 
of Boyle's Law becomes: 

This equation can be used to calculate any one of the four quantities if the other three are known. 

Freshly-baked bread is light and fluffy as a result of the action of yeast on sugar. The yeast converts the sugar to carbon dioxide, 
which at high temperatures causes the dough to expand. The end result is an enjoyable treat, especially when covered with melted 
butter. 

Charles's Law 

French physicist Jacques Charles (1746-1823) studied the effect of temperature on the volume of a gas at constant pressure. 
Charles's Law states that the volume of a given mass of gas varies directly with the absolute temperature of the gas when 
pressure is kept constant. The absolute temperature is temperature measured with the Kelvin scale. The Kelvin scale must be 
used because zero on the Kelvin scale corresponds to a complete stoppage of molecular motion. 
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Figure : As a container of confined gas is heated, its molecules increase in kinetic energy and push the movable piston outward, resulting 
in an increase in volume. (CC BY-NC; CK-12) 

Mathematically, the direct relationship of Charles's Law can be represented by the following equation: 

As with Boyle's Law,  is constant only for a given gas sample. 

Charles's Law can also be used to compare changing conditions for a gas. Now we use  and  to stand for the initial volume 
and temperature of a gas, while  and  stand for the final volume and temperature. The mathematical relationship of Charles's 
Law becomes: 

This equation can be used to calculate any one of the four quantities if the other three are known. The direct relationship will only 
hold if the temperatures are expressed in Kelvin. Temperatures in Celsius will not work. Recall the relationship that   . 

Propane tanks are widely used with barbeque grills. However, it's not fun to find out half-way through grilling that you've run out 
of gas. You can buy gauges that measure the pressure inside the tank to see how much is left. The gauge measures pressure and 
will register a higher pressure on a hot day than it will on a cold day. So, you need to take the air temperature into account when 
you decide whether or not to refill the tank before your next cook-out. 

Gay-Lussac's Law 

When the temperature of a sample of gas in a rigid container is increased, the pressure of the gas increases as well. The increase 
in kinetic energy results in the molecules of gas striking the walls of the container with more force, resulting in a greater pressure. 
The French chemist Joseph Gay-Lussac (1778-1850) discovered the relationship between the pressure of a gas and its absolute 
temperature. Gay-Lussac's Law states that the pressure of a given mass of gas varies directly with the absolute temperature of 
the gas, when the volume is kept constant. Gay-Lussac's Law is very similar to Charles's Law, with the only difference being the 
type of container. Whereas the container in a Charles's Law experiment is flexible, it is rigid in a Gay-Lussac's Law experiment. 
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Figure : Joseph Gay-Lussac. (CC BY-NC; CK-12) 

The mathematical expressions for Gay-Lussac's Law are likewise similar to those of Charles's Law: 

A graph of pressure vs. temperature also illustrates a direct relationship. As a gas is cooled at constant volume, its pressure 
continually decreases until the gas condenses to a liquid. 

The modern refrigerator takes advantage of the gas laws to remove heat from a system. Compressed gas in the coils is allowed 
to expand. This expansion lowers the temperature of the gas and transfers heat energy from the material in the refrigerator to the 
gas. As the gas is pumped through the coils, the pressure on the gas compresses it and raises the gas temperature. This heat is 
then dissipated through the coils into the outside air. As the compressed gas is pumped through the system again, the process 
repeats itself. 

Combined Gas Law 

To this point, we have examined the relationships between any two of the variables of , , and , while the third variable is 
held constant. However, situations do arise where all three variables change. The combined gas law expresses the relationship 
between the pressure, volume, and absolute temperature of a fixed amount of gas. For a combined gas law problem, only the 
amount of gas is held constant. 

  of a gas at  and   is brought to standard temperature and pressure (STP). What will be the new gas 
volume? 

Solution 

Step 1: List the known quantities and plan the problem. 

Known 

•   

•   

•    

•   

•    

Unknown 

Example 
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Use the combined gas law to solve for the unknown volume . STP is   and  . The temperatures have been 
converted to Kelvin. 

Step 2: Solve. 

First, rearrange the equation algebraically to solve for . 

Now substitute the known quantities into the equation and solve. 

Step 3: Think about your result. 

Both the increase in pressure and the decrease in temperature cause the volume of the gas sample to decrease. Since both 
changes are relatively small, the volume does not decrease dramatically. 

It may seem challenging to remember all the different gas laws introduced so far. Fortunately, Boyle's, Charles's, and Gay-Lussac's 
laws can all be easily derived from the combined gas law. For example, consider a situation where a change occurs in the volume 
and pressure of a gas while the temperature is being held constant. In that case, it can be said that  . Look at the combined 
gas law and cancel the  variable out from both sides of the equation. What is left over is Boyle's Law:    . Likewise, 
if the pressure is constant, then   and cancelling  out of the equation leaves Charles's Law. If the volume is constant, then 

  and cancelling  out of the equation leaves Gay-Lussac's Law. 

Key Takeaway 

 

This page titled 11.2: Combined gas law is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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11.3: Ideal Gas Law 

Learning Objectives 

• To use the ideal gas law to describe the behavior of a gas. 
• Calculate T, V, P, or n of the ideal gas law: PV=nRT 

A flat tire is not very useful. It does not cushion the rim of the wheel and creates a very uncomfortable ride. When air is added to 
the tire, the pressure increases as more molecules of gas are forced into the rigid tire. The amount of air that should be put into 
a tire depends on the pressure rating for that tire. Too little pressure and the tire will not hold its shape. Too much pressure and 
the tire could burst. 

Avogadro's Law 

You have learned about Avogadro's hypothesis: equal volumes of any gas at the same temperature and pressure contain the 
same number of molecules. It follows that the volume of a gas is directly proportional to the number of moles of gas present in 
the sample. Avogadro's Law states that the volume of a gas is directly proportional to the number of moles of gas, when the 
temperature and pressure are held constant. The mathematical expression of Avogadro's Law is: 

(Where  is the number of moles of gas and  is a constant). Avogadro's Law is in evidence whenever you blow up a balloon. The 
volume of the balloon increases as you add moles of gas to the balloon by blowing it up. 

If the container holding the gas is rigid rather than flexible, pressure can be substituted for volume in Avogadro's Law. Adding 
gas to a rigid container makes the pressure increase. 

There are a number of chemical reactions that require ammonia. In order to carry out a reaction efficiently, we need to know how 
much ammonia we have for stoichiometric purposes. Using gas laws, we can determine the number of moles present in the tank 
if we know the volume, temperature, and pressure of the system. 

Ideal Gas Law 

The combined gas law shows that the pressure of a gas is inversely proportional to volume and directly proportional to 
temperature. Avogadro's Law shows that volume or pressure is directly proportional to the number of moles of gas. Putting these 
laws together gives us the following equation: 

As with the other gas laws, we can also say that  is equal to a constant. The constant can be evaluated provided that the gas 

being described is considered to be ideal. 

The ideal gas law is a single equation which relates the pressure, volume, temperature, and number of moles of an ideal gas. If 
we substitute in the variable  for the constant, the equation becomes: 

The ideal gas law is conveniently rearranged to look this way, with the multiplication signs omitted: 
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The variable  in the equation is called the ideal gas constant. 

Evaluating the Ideal Gas Constant 

The value of , the ideal gas constant, depends on the units chosen for pressure, temperature, and volume in the ideal gas 
equation. It is necessary to use Kelvin for the temperature and it is conventional to use the SI unit of liters for the volume. 
However, pressure is commonly measured in one of three units: , , or  . Therefore,  can have three different values. 

We will demonstrate how  is calculated when the pressure is measured in . Recall that the volume of   of any gas at 
STP is measured to be  . We can substitute   for pressure,   for volume, and   for temperature 
into the ideal gas equation and solve for . 

This is the value of  that is to be used in the ideal gas equation when the pressure is given in . The table below shows a 
summary of this and the other possible values of . It is important to choose the correct value of  to use for a given problem. 

Table : Values of the Ideal Gas Constant 

Unit of Unit of Unit of Unit of Value and Unit of 

  

   

     

Notice that the unit for  when the pressure is in  has been changed to  . A kilopascal multiplied by a liter is equal to 
the SI unit for energy, a joule . 

What volume is occupied by   of oxygen gas at a pressure of   and a temperature of ? Assume the oxygen 
is an ideal gas. 

Solution 

Step 1: List the known quantities and plan the problem. 

Known 

•   

•    

• Mass   

•   

•    

Unknown 

In order to use the ideal gas law, the number of moles of   must be found from the given mass and the molar mass. 
Then, use   to solve for the volume of oxygen. 

Step 2: Solve. 

Rearrange the ideal gas law and solve for . 

Example 
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Step 3: Think about your result. 

The number of moles of oxygen is far less than one mole, so the volume should be fairly small compared to molar volume 
 since the pressure and temperature are reasonably close to standard. The result has three significant figures 

because of the values for  and . Since a joule   , the units cancel out correctly, leaving a volume in liters. 

Key Takeaway 

• The empirical relationships among the volume, the temperature, the pressure, and the amount of a gas can be combined 
into the ideal gas law, PV = nRT. The proportionality constant, R, is called the gas constant and has the value 0.08206 
(L·atm)/(K·mol), 8.3145 J/(K·mol), or 1.9872 cal/(K·mol), depending on the units used. 

• The ideal gas law can be used to calculate any of the four properties if the other three are known. 

This page titled 11.3: Ideal Gas Law is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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11.4: Partial pressure 

Learning Objectives 

• Learn and apply Dalton’s Law of Partial Pressure. 

To determine the contribution of each component gas to the total pressure of a mixture of gases. 

The atmosphere of Venus is markedly different from that of Earth. The gases in the Venusian atmosphere are  carbon 
dioxide and  nitrogen. The atmospheric pressure on Venus is roughly 92 times that of Earth, so the amount of nitrogen on 
Venus contributes pressure well over   . And there is no oxygen present, so humans could not breathe there. Not that 
anyone would want to go to Venus—the surface temperature is usually over . 

Dalton's Law of Partial Pressures 

Gas pressure results from collisions between gas particles and the inside walls of their container. If more gas is added to a 
rigid container, the gas pressure increases. The identities of the two gases do not matter. John Dalton, the English chemist who 
proposed the atomic theory, also studied mixtures of gases. He found that each gas in a mixture exerts a pressure independently 
of every other gas in the mixture. For example, our atmosphere is composed of about  nitrogen and  oxygen, with smaller 
amounts of several other gases making up the rest. Since nitrogen makes up  of the gas particles in a given sample of air, it 
exerts  of the pressure. If the overall atmospheric pressure is  , then the pressure of just the nitrogen in the air is 

. The pressure of the oxygen in the air is  . 

The partial pressure of a gas is the contribution that gas makes to the total pressure when the gas is part of a mixture. The 
partial pressure of nitrogen is represented by . Dalton's law of partial pressures states that the total pressure of a mixture of 
gases is equal to the sum of all of the partial pressures of the component gases. Dalton's law can be expressed with the following 
equation: 

The figure below shows two gases that are in separate, equal-sized containers at the same temperature and pressure. Each exerts 
a different pressure,  and , reflective of the number of particles in the container. On the right, the two gases are combined into 
the same container, with no volume change. The total pressure of the gas mixture is equal to the sum of the individual pressures. 
If     and    , then    . 
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Figure : Dalton's law says that the pressure of a gas mixture is equal to the partial pressures of the combining gases. (CC BY-NC; CK-12) 

Key Takeaway 

• The pressure of a gas in a gas mixture is termed the partial pressure. 
• Dalton’s law of partial pressure states that the total pressure in a gas mixture is the sum of the individual partial pressures. 

This page titled 11.4: Partial pressure is shared under a license and was authored, remixed, and/or curated by LibreTexts. 

• 14.14: Dalton's Law of Partial Pressures by CK12 is licensed CK-12. Original source: https://flexbooks.ck12.org/cbook/ck-12-chemistry-
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11.5: Gas collection by water displacement 

Learning Objectives 

• Calculate the true pressure of the gas while collecting gas by the water displacement method 

Imagine that you need to do a lab experiment where hydrogen gas is generated. In order to calculate the yield of gas, you have to 
know the pressure inside the tube where the gas is collected. But how can you get a barometer in there? Very simple—you don't. 
All you need is the atmospheric pressure in the room. As the gas pushes out the water, it is pushing against the atmosphere, so 
the pressure inside is equal to the pressure outside. 

Gas Collection by Water Displacement 

Gases that are produced in laboratory experiments are often collected by a technique called water displacement (see figure 
below). A bottle is filled with water and placed upside-down in a pan of water. The reaction flask is fitted with rubber tubing which 
is then fed under the bottle of water. As the gas is produced in the reaction flask, it exits through the rubber tubing and displaces 
the water in the bottle. When the bottle is full of the gas, it can be sealed with a lid. 

Figure : A gas produced in a chemical reaction can be collected by water displacement. (CC BY-NC; CK-12) 

Because the gas is collected over water, it is not pure, but is mixed with vapor from the evaporation of the water. Dalton's law can 
be used to calculate the amount of the desired gas by subtracting the contribution of the water vapor: 

In order to solve a problem, it is necessary to know the vapor pressure of water at the temperature of the reaction (see table 
below). The sample problem illustrates the use of Dalton's law when a gas is collected over water. 

Table : Vapor Pressure of Water  at Selected Temperatures 

0 5 10 15 20 25 30 35 40 45 50 55 60 

4.58 6.54 9.21 12.79 17.54 23.76 31.82 42.18 55.32 71.88 92.51 118.04 149.38 

A certain experiment generates   of hydrogen gas, which is collected over water. The temperature is  and the 
atmospheric pressure is  . Find the volume that the dry hydrogen would occupy at STP. 

Solution 

Example 
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Step 1: List the known quantities and plan the problem. 

Known 

•   

•    

•      

Unknown 

The atmospheric pressure is converted from  to   in order to match units with the table. The sum of the pressures of 
the hydrogen and the water vapor is equal to the atmospheric pressure. The pressure of the hydrogen is found by subtraction. 
Then, the volume of the gas at STP can be calculated by using the combined gas law. 

Step 2: Solve. 

Now the combined gas law is used, solving for , the volume of hydrogen at STP. 

Step 3: Think about your result. 

If the hydrogen gas were to be collected at STP and without the presence of the water vapor, its volume would be  

. This is less than the actual collected volume because some of that is water vapor. The conversion using STP is useful for 
stoichiometry purposes. 

Key Takeaway 

• Gases that are produced in laboratory experiments are often collected by a technique called water displacement. 
• To find the true pressure of the gas alone, the pressure of the water vapor must be subtracted from the total pressure. 

This page titled 11.5: Gas collection by water displacement is shared under a license and was authored, remixed, and/or curated by LibreTexts. 

• 14.13: Gas Collection by Water Displacement by CK12 is licensed CK-12. Original source: https://flexbooks.ck12.org/cbook/ck-12-chemistry-
flexbook-2.0/. 
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12: CHAPTER 10 - NUCLEAR CHEMISTRY 

12.1: Radioactivity and Decay Types 

12.2: Half-Life 

12.3: Units of Radioactivity 

12.4: Applications of Radioactivity 

This page titled 12: Chapter 10 - Nuclear Chemistry is shared under a license and was authored, remixed, and/or curated by LibreTexts. 
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12.1: Radioactivity and Decay Types 

• To define and give examples of the major types of radioactivity. 

Atoms are composed of subatomic particles—protons, neutrons, and electrons. Protons and neutrons are located in the nucleus 
and provide most of the mass of the atom, while electrons circle the nucleus in shells and subshells and account for an atom’s 
size. Remember, the notation for succinctly representing an isotope of a particular atom: 

The element in this example, represented by the symbol C, is carbon. Its atomic number, 6, is the lower left subscript on the 
symbol and is the number of protons in the atom. The mass number, the superscript to the upper left of the symbol, is the sum of 
the number of protons and neutrons in the nucleus of this particular isotope. In this case, the mass number is 12, which means 
that the number of neutrons in the atom is 12 − 6 = 6 (that is, the mass number of the atom minus the number of protons in the 
nucleus equals the number of neutrons). Occasionally, the atomic number is omitted in this notation because the symbol of the 

element itself conveys its characteristic atomic number. The two isotopes of hydrogen, 2H and 3H, are given their own names: 
deuterium (D) and tritium (T), respectively. Another way of expressing a particular isotope is to list the mass number after the 
element name, like carbon-12 or hydrogen-3. 

Atomic theory in the 19th century presumed that nuclei had fixed compositions. But in 1896, the French scientist Henri Becquerel 
found that a uranium compound placed near a photographic plate made an image on the plate, even if the compound was 
wrapped in black cloth. He reasoned that the uranium compound was emitting some kind of radiation that passed through 
the cloth to expose the photographic plate. Further investigations showed that the radiation was a combination of particles 
and electromagnetic rays, with its ultimate source as the atomic nucleus. These emanations were ultimately called, collectively, 
radioactivity. 

There are three main forms of radioactive emissions. The first is called an alpha particle,which is symbolized by the Greek letter 
α. An alpha particle is composed of two protons and two neutrons, and so it is the same as a helium nucleus. (We often use 
to represent an alpha particle.) It has a 2+ charge. When a radioactive atom emits an alpha particle, the original atom’s atomic 
number decreases by two (because of the loss of two protons), and its mass number decreases by four (because of the loss of four 
nuclear particles). We can represent the emission of an alpha particle with a chemical equation—for example, the alpha-particle 
emission of uranium-235 is as follows: 

How do we know that a product of the reaction is ? We use the law of conservation of matter, which says that matter cannot 
be created or destroyed. This means we must have the same number of protons and neutrons on both sides of the chemical 
equation. If our uranium nucleus loses 2 protons, there are 90 protons remaining, identifying the element as thorium. Moreover, 
if we lose 4 nuclear particles of the original 235, there are 231 remaining. Thus, we use subtraction to identify the isotope of the 
thorium atom—in this case, . 

Chemists often use the names parent isotope and daughter isotope to represent the original atom and the product other than the 
alpha particle. In the previous example,  is the parent isotope, and  is the daughter isotope. When one element changes 
into another in this manner, it undergoes radioactive decay. 

Write the nuclear equation that represents the radioactive decay of radon-222 by alpha particle emission and identify the 
daughter isotope. 

Solution 

Learning Objectives 

Example : Radon-222 
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Radon has an atomic number of 86, so the parent isotope is represented as . We represent the alpha particle as 
and use subtraction (222 − 4 = 218 and 86 − 2 = 84) to identify the daughter isotope as an isotope of polonium, : 

Write the nuclear equation that represents the radioactive decay of polonium-209 by alpha particle emission and identify the 
daughter isotope. 

Answer available at the end of this section. 

The second major type of radioactive emission is called a beta particle, symbolized by the Greek letter β. A beta particle is an 
electron ejected from the nucleus (not from the shells of electrons about the nucleus) and has a 1− charge. We can also represent 

a beta particle as  or β−. The net effect of beta particle emission on a nucleus is that a neutron is converted to a proton. The 
overall mass number stays the same, but because the number of protons increases by one, the atomic number goes up by one. 
Carbon-14 decays by emitting a beta particle: 

Again, the sum of the atomic numbers is the same on both sides of the equation, as is the sum of the mass numbers. (Note that 
the electron is assigned an “atomic number” of 1−, equal to its charge.) 

The third major type of radioactive emission is not a particle but rather a very energetic form of electromagnetic radiation called 
gamma rays, symbolized by the Greek letter γ. Gamma rays themselves do not carry an overall electrical charge, but they may 
knock electrons out of atoms in a sample of matter and make it electrically charged (for which gamma rays are termed ionizing 
radiation). For example, in the radioactive decay of radon-222, both alpha and gamma radiation are emitted, with the latter having 

an energy of 8.2 × 10−14 J per nucleus decayed: 

This may not seem like much energy, but if 1 mol of radon atoms were to decay, the gamma ray energy would be 49 million kJ! 

Write the nuclear equation that represents the radioactive decay of boron-12 by beta particle emission and identify the 
daughter isotope. A gamma ray is emitted simultaneously with the beta particle. 

Solution 

The parent isotope is  while one of the products is an electron, . So that the mass and atomic numbers have the same 
value on both sides, the mass number of the daughter isotope must be 12, and its atomic number must be 6. The element 
having an atomic number of 6 is carbon. Thus, the complete nuclear equation is as follows: 

The daughter isotope is . 

Write the nuclear equation that represents the radioactive decay of iodine-131 by beta particle emission and identify the 
daughter isotope. A gamma ray is emitted simultaneously with the beta particle. 

Answer available at the end of this section. 

Exercise : Polonium-209 

Example : Boron-12 

Exercise : Iodine-131 
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Alpha, beta, and gamma emissions have different abilities to penetrate matter. The relatively large alpha particle is easily stopped 
by matter (although it may impart a significant amount of energy to the matter it contacts). Beta particles penetrate slightly into 
matter, perhaps a few centimeters at most. Gamma rays can penetrate deeply into matter and can impart a large amount of 
energy into the surrounding matter. Table  summarizes the properties of the three main types of radioactive emissions. 

Figure : Different emissions exhibit different pentration powers. (CC BY-NC-SA 3.0; anonymous) 

Table : The Three Main Forms of Radioactive Emissions 

Characteristic Alpha Particles Beta Particles Gamma Rays 

symbols α, β, γ 

identity helium nucleus electron electromagnetic radiation 

charge 2+ 1− none 

mass number 4 0 0 

penetrating 
power 

minimal (will not penetrate 
skin) 

short (will penetrate skin and some tissues 
slightly) 

deep (will penetrate tissues 
deeply) 

Occasionally, an atomic nucleus breaks apart into smaller pieces in a radioactive process called spontaneous fission (or fission). 
Typically, the daughter isotopes produced by fission are a varied mix of products, rather than a specific isotope as with alpha 
and beta particle emission. Often, fission produces excess neutrons that will sometimes be captured by other nuclei, possibly 
inducing additional radioactive events. Uranium-235 undergoes spontaneous fission to a small extent. One typical reaction is 

where  is a neutron. As with any nuclear process, the sums of the atomic numbers and the mass numbers must be the same 
on both sides of the equation. Spontaneous fission is found only in large nuclei. The smallest nucleus that exhibits spontaneous 
fission is lead-208. 

Fission is the radioactive process used in nuclear power plants and one type of nuclear bomb. 

Key Takeaway 

The major types of radioactivity include alpha particles, beta particles, and gamma rays. 

Concept Review Exercise 

1. What are the major types of radioactivity? Write chemical equations demonstrating each type. 
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Answer 

1. The major types of radioactivity are alpha decay, beta decay, and gamma ray emission; alpha decay with gamma emission: 
; beta decay:  (answers will vary) 

Answers 
Exercise : Polonium-209 

Exercise : Iodine-131 

This page titled 12.1: Radioactivity and Decay Types is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by 
LibreTexts. 
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12.2: Half-Life 

• To define half-life. 
• To determine the amount of radioactive substance remaining after a given number of half-lives. 

Whether or not a given isotope is radioactive is a characteristic of that particular isotope. Some isotopes are stable indefinitely, 
while others are radioactive and decay through a characteristic form of emission. As time passes, less and less of the radioactive 
isotope will be present, and the level of radioactivity decreases. An interesting and useful aspect of radioactive decay is the half-
life. The half-life of a radioactive isotope is the amount of time it takes for one-half of the radioactive isotope to decay. The 
half-life of a specific radioactive isotope is constant; it is unaffected by conditions and is independent of the initial amount of 
that isotope. 

Consider the following example. Suppose we have 100.0 g of 3H (tritium, a radioactive isotope of hydrogen). It has a half-life of 

12.3 y. After 12.3 y, half of the sample will have decayed to 3He by emitting a beta particle, so that only 50.0 g of the original 3H 

remains. After another 12.3 y—making a total of 24.6 y—another half of the remaining 3H will have decayed, leaving 25.0 g of 3H. 

After another 12.3 y—now a total of 36.9 y—another half of the remaining 3H will have decayed, leaving 12.5 g of 3H. This sequence 
of events is illustrated in Figure . 

Figure : Radioactive Decay. During each successive half-life, half of the initial amount will radioactively decay. 

We can determine the amount of a radioactive isotope remaining after a given number half-lives by using the following expression: 

where n is the number of half-lives. This expression works even if the number of half-lives is not a whole number. 

The half-life of 20F is 11.0 s. If a sample initially contains 5.00 g of 20F, how much 20F remains after 44.0 s? 

Learning Objectives 

Example : Fluorine-20 
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Solution 

If we compare the time that has passed to the isotope’s half-life, we note that 44.0 s is exactly 4 half-lives, so we can use 
Equation  with  . Substituting and solving results in the following: 

Less than one-third of a gram of 20F remains. 

The half-life of 44Ti is 60.0 y. A sample initially contains 0.600 g of 44Ti. How much 44Ti remains after 180.0 y? 

Answer available at the end of this section. 

Half-lives of isotopes range from fractions of a microsecond to billions of years. Table  lists the half-lives of some isotopes. 

Table : Half-Lives of Various Isotopes 

Isotope Half-Life 

3H 12.3 y 

14C 5,730 y 

40K 1.26 × 109 y 

51Cr 27.70 d 

90Sr 29.1 y 

131I 8.04 d 

222Rn 3.823 d 

235U 7.04 × 108 y 

238U 4.47 × 109 y 

241Am 432.7 y 

248Bk 23.7 h 

260Sg 4 ms 

The isotope -125 is used in certain laboratory procedures and has a half-life of 59.4 days. If the initial activity of a sample 
of -125 is  , how much activity will be present in 178.2 days? 

Solution 

We begin by determining how many half-lives are represented by 178.2 days: 

Exercise : Titanium-44 

Example : Iodine-125 
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Then we simply count activity: 

Be sure to keep in mind that the initial count is at time zero  and we subtract from that count at the first half-life. The 
second half-life has an activity of half the previous count (not the initial count). 

Equation  can be used to calculate the amount of radioactivity remaining after a given time: 

where   activity at time  and   initial activity at time  . 

If we have an initial activity of  , what will the activity be after four half-lives? 

Typical radioactive decay curve. 

The graph above illustrates a typical decay curve for  . The activity decreases by one-half during each succeeding half-
life. 

A sample of -225 originally contained 80 grams and after 50 days only 2.5 grams of the original -225 remain. What is 
the half life of -225? 

Answer available at the end of this section. 

Exercise 
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Many people think that the half-life of a radioactive element represents the amount of time an element is radioactive. In fact, 
it is the time required for half—not all—of the element to decay radioactively. Occasionally, however, the daughter element is 
also radioactive, so its radioactivity must also be considered. 

The expected working life of an ionization-type smoke detector (described in the opening essay) is about 10 years. In that 
time, americium-241, which has a half-life of about 432 y, loses less than 4% of its radioactivity. A half-life of 432 y may seem 
long to us, but it is not very long as half-lives go. Uranium-238, the most common isotope of uranium, has a half-life of about 

4.5 × 109 y, while thorium-232 has a half-life of 14 × 109 y. 

On the other hand, some nuclei have extremely short half-lives, presenting challenges to the scientists who study them. The 

longest-lived isotope of lawrencium, 262Lr, has a half-life of 3.6 h, while the shortest-lived isotope of lawrencium, 252Lr, has a 
half-life of 0.36 s. As of this writing, the largest atom ever detected has atomic number 118, mass number 293, and a half-life 
of 120 ns. Can you imagine how quickly an experiment must be done to determine the properties of elements that exist for 
so short a time? 

Key Takeaways 

• Natural radioactive processes are characterized by a half-life, the time it takes for half of the material to decay radioactively. 
• The amount of material left over after a certain number of half-lives can be easily calculated. 

Concept Review Exercises 

1. Define half-life. 
2. Describe a way to determine the amount of radioactive isotope remaining after a given number of half-lives. 

Answers 

1. Half-life is the amount of time needed for half of a radioactive material to decay. 
2. take half of the initial amount for each half-life of time elapsed 

Answers 
Exercise : Titanium-44 

0.075 g. 

Exercise 

10 days 

Looking Closer: Half-Lives of Radioactive Elements 

This page titled 12.2: Half-Life is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by LibreTexts. 
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12.3: Units of Radioactivity 

• To express amounts of radioactivity in a variety of units. 

Previously, we used mass to indicate the amount of radioactive substance present. This is only one of several units used to 
express amounts of radiation. Some units describe the number of radioactive events occurring per unit time, while others express 
the amount of a person’s exposure to radiation. 

Perhaps the direct way of reporting radioactivity is the number of radioactive decays per second. One decay per second is called 
one becquerel (Bq). Even in a small mass of radioactive material, however, there are many thousands of decays or disintegrations 

per second. The unit curie (Ci), now defined as 3.7 × 1010 decays per second, was originally defined as the number of decays per 
second in 1 g of radium. Many radioactive samples have activities that are on the order of microcuries (µCi) or more. Both the 
becquerel and curie can be used in place of grams to describe quantities of radioactive material. As an example, the amount of 
americium in an average smoke detector has an activity of 0.9 µCi. 

The unit becquerel is named after Henri Becquerel, who discovered radioactivity in 1896. The unit curie is named 
after Polish scientist Marie Curie, who performed some of the initial investigations into radioactive phenomena and 
discovered the elements, polonium (Po) and radium (Ra) in the early 1900s. 

A sample of radium has an activity of 16.0 mCi (millicuries). If the half-life of radium is 1,600 y, how long before the sample’s 
activity is 1.0 mCi? 

Solution 

The following table shows the activity of the radium sample over multiple half-lives: 

Time in Years Activity 

0 16.0 mCi 

1,600 8.0 mCi 

3,200 4.0 mCi 

4,800 2.0 mCi 

6,400 1.0 mCi 

Over a period of 4 half-lives, the activity of the radium will be halved four times, at which point its activity will be 1.0 mCi. 
Thus, it takes 4 half-lives, or 4 × 1,600 y = 6,400 y, for the activity to decrease to 1.0 mCi. 

A sample of radon has an activity of 60,000 Bq. If the half-life of radon is 15 h, how long before the sample’s activity is 3,750 
Bq? 

Answer available at the end of this section. 

Other measures of radioactivity are based on the effects it has on living tissue. Radioactivity can transfer energy to tissues in two 
ways: through the kinetic energy of the particles hitting the tissue and through the electromagnetic energy of the gamma rays 

Learning Objectives 

Example 

Exercise 
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being absorbed by the tissue. Either way, the transferred energy—like thermal energy from boiling water—can damage the tissue. 

The rad (an acronym for radiation absorbed dose) is a unit equivalent to a gram of tissue absorbing 0.01 J: 

1 rad = 0.01 J/g 

Another unit of radiation absorption is the gray (Gy): 

1 Gy = 100 rad 

The rad is more common. To get an idea of the amount of energy this represents, consider that the absorption of 1 rad by 70,000 
g of H2O (approximately the same mass as a 150 lb person) would increase its temperature by only 0.002°C. This may not seem 

like a lot, but it is enough energy to break about 1 × 1021 molecular C–C bonds in a person’s body. That amount of damage would 
not be desirable. 

Predicting the effects of radiation is complicated by the fact that various tissues are affected differently by different types of 
emissions. To quantify these effects, the unit rem (an acronym for roentgen equivalent, man) is defined as 

rem = rad × RBE 

where RBE is the relative biological effectiveness factor is a number greater than or equal to 1 that takes into account the type of 
radioactive emission and sometimes the type of tissue being exposed. For beta particles, RBE factor equals 1. For alpha particles 
striking most tissues, the factor is 10, but for eye tissue, the factor is 30. Most radioactive emissions that people are exposed to 
are on the order of a few dozen millirems (mrem) or less; a medical X ray is about 20 mrem. A sievert (Sv) is a related unit and is 
defined as 100 rem. 

What is a person’s annual exposure to radioactivity and radiation? Table  lists the sources and annual amounts of radiation 
exposure. It may surprise you to learn that fully 82% of the radioactivity and radiation exposure we receive is from natural 

sources—sources we cannot avoid. Fully 10% of the exposure comes from our own bodies—largely from 14C and 40K. 

Table : Average Annual Radiation Exposure (Approximate) 

Source Amount (mrem) 

radon gas 200 

medical sources 53 

radioactive atoms in the body naturally 39 

terrestrial sources 28 

cosmic sources 28 

consumer products 10 

nuclear energy 0.05 

Total 358 

Flying from New York City to San Francisco adds 5 mrem to your overall radiation exposure because the plane flies 
above much of the atmosphere, which protects us from most cosmic radiation. 

The actual effects of radioactivity and radiation exposure on a person’s health depend on the type of radioactivity, the length of 
exposure, and the tissues exposed. Table  lists the potential threats to health at various amounts of exposure over short 
periods of time (hours or days). 

Table : Effects of Short-Term Exposure to Radioactivity and Radiation 

Exposure (rem) Effect 

1 (over a full year) no detectable effect 

∼20 increased risk of some cancers 
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Exposure (rem) Effect 

∼100 damage to bone marrow and other tissues; possible internal bleeding; decrease in white blood cell count 

200–300 visible “burns” on skin, nausea, vomiting, and fatigue 

>300 loss of white blood cells; hair loss 

∼600 death 

One of the simplest ways of detecting radioactivity is by using a piece of photographic film embedded in a badge or a pen. On 
a regular basis, the film is developed and checked for exposure. A comparison of the exposure level of the film with a set of 
standard exposures indicates the amount of radiation a person was exposed to. 

Figure : Detecting Radioactivity. A Geiger counter is a common instrument used to detect radioactivity. 

Another means of detecting radioactivity is an electrical device called a Geiger counter (Figure ). It contains a gas-filled 
chamber with a thin membrane on one end that allows radiation emitted from radioactive nuclei to enter the chamber and knock 
electrons off atoms of gas (usually argon). The presence of electrons and positively charged ions causes a small current, which is 
detected by the Geiger counter and converted to a signal on a meter or, commonly, an audio circuit to produce an audible “click.” 

Key Takeaway 

• Radioactivity can be expressed in a variety of units, including rems, rads, and curies. 

Concept Review Exercise 

1. What units are used to quantify radioactivity? 

Answer 

1. the curie, the becquerel, the rad, the gray, the sievert, and the rem 

Answers 
Exercise 

60 hrs. 

This page titled 12.3: Units of Radioactivity is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by LibreTexts. 
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12.4: Applications of Radioactivity 

• To learn some applications of radioactivity. 

Radioactive isotopes have a variety of applications. Generally, however, they are useful either because we can detect their 
radioactivity or we can use the energy they release. 

Radioactive isotopes are effective tracers because their radioactivity is easy to detect. A tracer is a substance that can be used to 
follow the pathway of that substance through some structure. For instance, leaks in underground water pipes can be discovered 
by running some tritium-containing water through the pipes and then using a Geiger counter to locate any radioactive tritium 

subsequently present in the ground around the pipes. (Recall that tritium, 3H, is a radioactive isotope of hydrogen.) 

Tracers can also be used to follow the steps of a complex chemical reaction. After incorporating radioactive atoms into reactant 
molecules, scientists can track where the atoms go by following their radioactivity. One excellent example of this is the use of 
radioactive carbon-14 to determine the steps involved in the photosynthesis in plants. We know these steps because researchers 
followed the progress of the radioactive carbon-14 throughout the process. 

Radioactive isotopes are useful for establishing the ages of various objects. The half-life of radioactive isotopes is unaffected by 
any environmental factors, so the isotope acts like an internal clock. For example, if a rock is analyzed and is found to contain 
a certain amount of uranium-235 and a certain amount of its daughter isotope, we can conclude that a certain fraction of the 
original uranium-235 has radioactively decayed. If half of the uranium has decayed, then the rock has an age of one half-life of 

uranium-235, or about 4.5 × 109 y. Many analyses like this, using a wide variety of isotopes, have indicated that the age of Earth 

itself is over 4 × 109 y. In another interesting example of radioactive dating, 3H dating has been used to verify the stated vintages 
of some old fine wines. 

Carbon-14 (half-life is 5,370 y) is particularly useful in determining the age of once-living artifacts (e.g., animal or plant matter). 
A tiny amount of carbon-14 is produced naturally in the upper reaches of the atmosphere, and living things incorporate some of 
it into their tissues, building up to a constant, although very low, level. Once a living thing dies, however, it no longer acquires 
carbon-14, and as time passes, the carbon-14 that was in the tissues decays. If a once-living artifact is discovered and analyzed 
many years after its death, with the remaining carbon-14 compared to the known constant level, an approximate age of the artifact 
can be determined. Using such methods, scientists determined that the age of the Shroud of Turin (made of linen, which comes 
from the flax plant, and purported by some to be the burial cloth of Jesus Christ; Figure ) is about 600–700 y, not 2,000 y 
as claimed by some. Scientists were also able to use radiocarbon dating to show that the age of a mummified body found in the 
ice of the Alps was 5,300 y. 

Learning Objectives 
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Figure : Shroud of Turin. In 1989, several groups of scientists used carbon-14 dating to demonstrate that the age of the Shroud of Turin 
was only 600–700 y. Many people still cling to a different notion, despite the scientific evidence. 

The radiation emitted by some radioactive substances can be used to kill microorganisms on a variety of foodstuffs, which 
extends the shelf life of these products. Produce such as tomatoes, mushrooms, sprouts, and berries are irradiated with the 
emissions from cobalt-60 or cesium-137. This exposure kills a lot of the bacteria that cause spoilage, so the produce stays fresh 
longer. Eggs and some meat, such as beef, pork, and poultry, can also be irradiated. Contrary to the belief of some people, 
irradiation of food does not make the food itself radioactive. 

Radioactive isotopes have numerous medical applications—diagnosing and treating illnesses and diseases. One example of a 
diagnostic application is using radioactive iodine-131 to test for thyroid activity (Figure ). The thyroid gland in the neck is one 
of the few places in the body with a significant concentration of iodine. To evaluate thyroid activity, a measured dose of iodine-131 
is administered to a patient, and the next day a scanner is used to measure the amount of radioactivity in the thyroid gland. 
The amount of radioactive iodine that collects there is directly related to the activity of the thyroid, allowing trained physicians 
to diagnose both hyperthyroidism and hypothyroidism. Iodine-131 has a half-life of only 8 d, so the potential for damage due to 
exposure is minimal. Technetium-99 can also be used to test thyroid function. Bones, the heart, the brain, the liver, the lungs, and 
many other organs can be imaged in similar ways by using the appropriate radioactive isotope. 

Figure : Medical Diagnostics. Radioactive iodine can be used to image the thyroid gland for diagnostic purposes. Source: Scan courtesy 
of Myo Han, http://en.Wikipedia.org/wiki/File:Thyroid_scan.jpg. 
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Very little radioactive material is needed in these diagnostic techniques because the radiation emitted is so easy to detect. 
However, therapeutic applications usually require much larger doses because their purpose is to preferentially kill diseased 
tissues. For example, if a thyroid tumor is detected, a much larger infusion (thousands of rem, as opposed to a diagnostic dose of 
less then 40 rem) of iodine-131 could help destroy the tumor cells. Similarly, radioactive strontium is used to not only detect but 
also ease the pain of bone cancers. Table  lists several radioactive isotopes and their medical uses. 

Table : Some Radioactive Isotopes That Have Medical Applications 

Isotope Use 

32P cancer detection and treatment, especially in eyes and skin 

59Fe anemia diagnosis 

60Co gamma ray irradiation of tumors 

99mTc brain, thyroid, liver, bone marrow, lung, heart, and intestinal scanning; blood volume determination 

131I diagnosis and treatment of thyroid function 

133Xe lung imaging 

198Au liver disease diagnosis 

In addition to the direct application of radioactive isotopes to diseased tissue, the gamma ray emissions of some isotopes can 
be directed toward the tissue to be destroyed. Cobalt-60 is a useful isotope for this kind of procedure. 

One relatively rare form of radioactivity is called positron emission. It is similar to beta particle emission, except that 
instead of emitting an electron, a nucleus emits a positively charged electron, called a positron. A positron is actually a 
piece of antimatter; therefore, when a positron encounters an electron, both particles are converted into high-energy gamma 
radiation. 

Isotopes that emit positrons can be employed in a medical imaging technique called positron emission tomography (PET). 
A patient receives a compound containing a positron-emitting isotope, either intravenously or by ingestion. The radioactive 
compound travels throughout the body, and the patient is then pushed slowly through a ring of sensors that detect the gamma 
radiation given off by the annihilation of positrons and electrons. A computer connected to the sensors constructs a three-
dimensional image of the interior of part or all of the patient’s body, allowing doctors to see organs or tumors or regulate the 
function of various organs (such as the brain or the heart) to diagnose the medical condition of the patient. 

To Your Health: Positron Emission Tomography Scans 
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Figure : (left) Combined apparatus for positron emission tomography (PET) and X-ray computer tomography (CT), 

Siemens Biograph (right) Whole-body PET scan using 18F-FDG. Images used with permission from Wikipedia. 

Two isotopes that undergo positron emission are carbon-11 and fluorine-18, with half-lives of 20.4 and 110 min, respectively. 
Both isotopes can be incorporated into sugar molecules and introduced into the body. Doctors can use the intensity of 
gamma ray emission to find tissues that metabolize the sugar faster than other tissues; fast-metabolizing tissue is one sign 
of a malignant (i.e., cancerous) tumor. Researchers use similar techniques to map areas of the brain that are most active 
during specific tasks, such as reading or speaking. 

PET is one of many diagnostic and treatment methods that physicians use to improve the quality of our lives. It is one of the 
many positive uses of radioactivity in society. 

Key Takeaway 

• Radioactivity has several practical applications, including tracers, medical applications, dating once-living objects, and the 
preservation of food. 

Concept Review Exercise 

1. Describe some of the different ways that amounts of radioactivity are applied in society. 

Answer 

1. Radioactive isotopes are used in dating, as tracers, and in medicine as diagnostic and treatment tools. 

This page titled 12.4: Applications of Radioactivity is shared under a CC BY-NC-SA 3.0 license and was authored, remixed, and/or curated by 
LibreTexts. 
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