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CHAPTER OVERVIEW

1: Matter, Measurement, and Problem Solving
Template:HideTOC

Chemistry is the study of matter and the changes that material substances undergo. Of all the scientific disciplines, it is perhaps the
most extensively connected to other fields of study. As you begin your study of college chemistry, those of you who do not intend
to become professional chemists may well wonder why you need to study chemistry. You will soon discover that a basic
understanding of chemistry is useful in a wide range of disciplines and career paths. You will also discover that an understanding of
chemistry helps you make informed decisions about many issues that affect you, your community, and your world. A major goal of
this text is to demonstrate the importance of chemistry in your daily life and in our collective understanding of both the physical
world we occupy and the biological realm of which we are a part.

1.1: The Classification of Matter
1.2: Physical and Chemical Changes and Properties
1.3: Energy - A Fundamental Part of Physical and Chemical Change

1.4: The Units of Measurement
1.5: The Reliability of a Measurement

Thumbnail: Two small test tubes held in Spring Clamps. Image used with permission (CC BY-SA 3.0; Amitchell125).
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1.1: The Classification of Matter

Learning Objectives

e To classify matter.

Chemists study the structures, physical properties, and chemical properties of material substances. These consist of matter, which
is anything that occupies space and has mass. Gold and iridium are matter, as are peanuts, people, and postage stamps. Smoke,
smog, and laughing gas are matter. Energy, light, and sound, however, are not matter; ideas and emotions are also not matter.

The mass of an object is the quantity of matter it contains. Do not confuse an object’s mass with its weight, which is a force caused
by the gravitational attraction that operates on the object. Mass is a fundamental property of an object that does not depend on its
location.In physical terms, the mass of an object is directly proportional to the force required to change its speed or direction. A
more detailed discussion of the differences between weight and mass and the units used to measure them is included in Essential
Skills 1 (Section 1.9). Weight, on the other hand, depends on the location of an object. An astronaut whose mass is 95 kg weighs
about 210 1b on Earth but only about 35 Ib on the moon because the gravitational force he or she experiences on the moon is
approximately one-sixth the force experienced on Earth. For practical purposes, weight and mass are often used interchangeably in
laboratories. Because the force of gravity is considered to be the same everywhere on Earth’s surface, 2.2 1b (a weight) equals 1.0
kg (a mass), regardless of the location of the laboratory on Earth.

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.

% ¢

eg %0 efelpr
¢ v Wk (@8
Gas Liquid  Solid

Figure 1.1.1: 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. Figure used with permission from
Wikipedia
Three cylindrical containers containing spherical particles. From left to right. Particles are spread far apart, particles moderately
closer to represent, particles that are tightly packed. Labeled gas, liquid, solid.

Pure Substances and Mixtures

A pure chemical substance is any matter that has a fixed chemical composition and characteristic properties. Oxygen, for example,
is a pure chemical substance that is a colorless, odorless gas at 25°C. Very few samples of matter consist of pure substances;
instead, most are mixtures, which are combinations of two or more pure substances in variable proportions in which the individual
substances retain their identity. Air, tap water, milk, blue cheese, bread, and dirt are all mixtures. If all portions of a material are in
the same state, have no visible boundaries, and are uniform throughout, then the material is homogeneous. Examples of
homogeneous mixtures are the air we breathe and the tap water we drink. Homogeneous mixtures are also called solutions. Thus air
is a solution of nitrogen, oxygen, water vapor, carbon dioxide, and several other gases; tap water is a solution of small amounts of
several substances in water. The specific compositions of both of these solutions are not fixed, however, but depend on both source
and location; for example, the composition of tap water in Boise, Idaho, is not the same as the composition of tap water in Buffalo,
New York. Although most solutions we encounter are liquid, solutions can also be solid. The gray substance still used by some
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dentists to fill tooth cavities is a complex solid solution that contains 50% mercury and 50% of a powder that contains mostly
silver, tin, and copper, with small amounts of zinc and mercury. Solid solutions of two or more metals are commonly called alloys.

If the composition of a material is not completely uniform, then it is heterogeneous (e.g., chocolate chip cookie dough, blue
cheese, and dirt). Mixtures that appear to be homogeneous are often found to be heterogeneous after microscopic examination.
Milk, for example, appears to be homogeneous, but when examined under a microscope, it clearly consists of tiny globules of fat
and protein dispersed in water. The components of heterogeneous mixtures can usually be separated by simple means. Solid-liquid
mixtures such as sand in water or tea leaves in tea are readily separated by filtration, which consists of passing the mixture through
a barrier, such as a strainer, with holes or pores that are smaller than the solid particles. In principle, mixtures of two or more solids,
such as sugar and salt, can be separated by microscopic inspection and sorting. More complex operations are usually necessary,
though, such as when separating gold nuggets from river gravel by panning. First solid material is filtered from river water; then
the solids are separated by inspection. If gold is embedded in rock, it may have to be isolated using chemical methods.

Figure 1.1.2: A Heterogeneous Mixture. Under a microscope, whole milk is actually a heterogeneous mixture composed of globules

of fat and protein dispersed in water. Figure used with permission from Wikipedia
Homogeneous mixtures (solutions) can be separated into their component substances by physical processes that rely on differences
in some physical property, such as differences in their boiling points. Two of these separation methods are distillation and
crystallization. Distillation makes use of differences in volatility, a measure of how easily a substance is converted to a gas at a
given temperature. A simple distillation apparatus for separating a mixture of substances, at least one of which is a liquid. The most
volatile component boils first and is condensed back to a liquid in the water-cooled condenser, from which it flows into the
receiving flask. If a solution of salt and water is distilled, for example, the more volatile component, pure water, collects in the
receiving flask, while the salt remains in the distillation flask.

Figure 1.1.3: The Distillation of a Solution of Table Salt in Water. The solution of salt in water is heated in the distilling flask until it
boils. The resulting vapor is enriched in the more volatile component (water), which condenses to a liquid in the cold condenser
and is then collected in the receiving flask.

Distillation setup with distilling flask on the left being heated with a bunsen burner. A condenser connects the neck of the distilling
flask to the flask containing pure water. The two flasks are being held up by clamps.
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Mixtures of two or more liquids with different boiling points can be separated with a more complex distillation apparatus. One
example is the refining of crude petroleum into a range of useful products: aviation fuel, gasoline, kerosene, diesel fuel, and
lubricating oil (in the approximate order of decreasing volatility). Another example is the distillation of alcoholic spirits such as
brandy or whiskey. (This relatively simple procedure caused more than a few headaches for federal authorities in the 1920s during
the era of Prohibition, when illegal stills proliferated in remote regions of the United States!)

Crystallization separates mixtures based on differences in solubility, a measure of how much solid substance remains dissolved in
a given amount of a specified liquid. Most substances are more soluble at higher temperatures, so a mixture of two or more
substances can be dissolved at an elevated temperature and then allowed to cool slowly. Alternatively, the liquid, called the solvent,
may be allowed to evaporate. In either case, the least soluble of the dissolved substances, the one that is least likely to remain in
solution, usually forms crystals first, and these crystals can be removed from the remaining solution by filtration.

Figure 1.1.4: The Crystallization of Sodium Acetate from a Concentrated Solution of Sodium Acetate in Water. The addition of a
small “seed” crystal (a) causes the compound to form white crystals, which grow and eventually occupy most of the flask. Video
can be found here: www.youtube.com/watch?v=BLq5NibwV5g

Closeup of bulb flask containing liquid with many thin spike crystals radially emerging from the center.

Most mixtures can be separated into pure substances, which may be either elements or compounds. An element, such as gray,
metallic sodium, is a substance that cannot be broken down into simpler ones by chemical changes; a compound, such as white,
crystalline sodium chloride, contains two or more elements and has chemical and physical properties that are usually different from
those of the elements of which it is composed. With only a few exceptions, a particular compound has the same elemental
composition (the same elements in the same proportions) regardless of its source or history. The chemical composition of a
substance is altered in a process called a chemical change. The conversion of two or more elements, such as sodium and chlorine,

to a chemical compound, sodium chloride, is an example of a chemical change, often called a chemical reaction. Currently, about
118 elements are known, but millions of chemical compounds have been prepared from these 118 elements. The known elements
are listed in the periodic table.
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Figure 1.1.5: The Decomposition of Water to Hydrogen and Oxygen by Electrolysis. Water is a chemical compound; hydrogen and
oxygen are elements.

A battery wired to an anode and cathode placed in a beaker filled with water. Two inverted test tubes are submerged in the water
and placed over each of the electrodes to collect the gaseous products. Magnifying pointers show the molecular structure of water
in the beaker as well as the hydrogen gas collected on the anode side and oxygen gas on the cathode side.

Different Definitions of Matter: [youtu.be]

In general, a reverse chemical process breaks down compounds into their elements. For example, water (a compound) can be
decomposed into hydrogen and oxygen (both elements) by a process called electrolysis. In electrolysis, electricity provides the
energy needed to separate a compound into its constituent elements (Figure 1.1.5). A similar technique is used on a vast scale to
obtain pure aluminum, an element, from its ores, which are mixtures of compounds. Because a great deal of energy is required for
electrolysis, the cost of electricity is by far the greatest expense incurred in manufacturing pure aluminum. Thus recycling
aluminum is both cost-effective and ecologically sound.

The overall organization of matter and the methods used to separate mixtures are summarized in Figure 1.1.6.
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Matter
Occupies space and possesses
mass; may exist as solid, liquid,

or gas
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Figure 1.1.6: Relationships between the Types of Matter and the Methods Used to Separate Mixtures

Example 1.1.1

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 1.1.1

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
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d. table sugar (sucrose)

Answer A
solution
Answer B
element
Answer C
heterogeneous mixture

Answer D

compound

Different Definitions of Changes: [youtu.be]

Summary

Matter can be classified according to physical and chemical properties. Matter is anything that occupies space and has mass. The
three states of matter are solid, liquid, and gas. A physical change involves the conversion of a substance from one state of matter to
another, without changing its chemical composition. Most matter consists of mixtures of pure substances, which can be
homogeneous (uniform in composition) or heterogeneous (different regions possess different compositions and properties). Pure
substances can be either chemical compounds or elements. Compounds can be broken down into elements by chemical reactions,
but elements cannot be separated into simpler substances by chemical means. The properties of substances can be classified as
either physical or chemical. Scientists can observe physical properties without changing the composition of the substance, whereas
chemical properties describe the tendency of a substance to undergo chemical changes (chemical reactions) that change its
chemical composition. Physical properties can be intensive or extensive. Intensive properties are the same for all samples; do not
depend on sample size; and include, for example, color, physical state, and melting and boiling points. Extensive properties depend
on the amount of material and include mass and volume. The ratio of two extensive properties, mass and volume, is an important
intensive property called density.

Contributors and Attributions

e Modified by ( )
is shared under a license and was authored, remixed, and/or curated by LibreTexts.
. is licensed
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1.2: Physical and Chemical Changes and Properties

4b Learning Objectives

e Describe the difference between physical and chemical properties or changed.

o Identify a property or transformation as either physical or chemical using symbolic, particulate, or macroscopic
representations.

o Identify the properties of matter as extensive or intensive.

The characteristics that enable us to distinguish one substance from another are called properties. A physical property is a
characteristic of matter that is not associated with a change in its chemical composition. Familiar examples of physical properties
include density, color, hardness, melting and boiling points, and electrical conductivity. We can observe some physical properties,
such as density and color, without changing the physical state of the matter observed. Other physical properties, such as the melting
temperature of iron or the freezing temperature of water, can only be observed as matter undergoes a physical change. A physical
change is a change in the state or properties of matter without any accompanying change in its chemical composition (the identities
of the substances contained in the matter). We observe a physical change when wax melts, when sugar dissolves in coffee, and
when steam condenses into liquid water (Figure 1.2.1). Other examples of physical changes include magnetizing and demagnetizing
metals (as is done with common antitheft security tags) and grinding solids into powders (which can sometimes yield noticeable
changes in color). In each of these examples, there is a change in the physical state, form, or properties of the substance, but no
change in its chemical composition.

()

Figure 1.2.1: (a) Wax undergoes a physical change when solid wax is heated and forms liquid wax. (b) Steam condensing inside a
cooking pot is a physical change, as water vapor is changed into liquid water. (credit a: modification of work by
“95jb14”/Wikimedia Commons; credit b: modification of work by “mjneuby”/Flickr).

The change of one type of matter into another type (or the inability to change) is a chemical property. Examples of chemical
properties include flammability, toxicity, acidity, reactivity (many types), and heat of combustion. Iron, for example, combines with
oxygen in the presence of water to form rust; chromium does not oxidize (Figure 1.2.2). Nitroglycerin is very dangerous because it
explodes easily; neon poses almost no hazard because it is very unreactive.
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(2)
Figure 1.2.2: (a) One of the chemical properties of iron is that it rusts; (b) one of the chemical properties of chromium is that it does
not. (credit a: modification of work by Tony Hisgett; credit b: modification of work by “Atoma”/Wikimedia Commons)

Comparison of two metal equipments. The first image shows a rusted brown appearance and the following image shows a shiny

metallic appearance.
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. The formation of rust is a chemical change because rust is a different kind of
matter than the iron, oxygen, and water present before the rust formed. The explosion of nitroglycerin is a chemical change because
the gases produced are very different kinds of matter from the original substance. Other examples of chemical changes include
reactions that are performed in a lab (such as copper reacting with nitric acid), all forms of combustion (burning), and food being
cooked, digested, or rotting (Figure 1.2.3).

Figure 1.2.3: (a) Copper and nitric acid undergo a chemical change to form copper nitrate and brown, gaseous nitrogen dioxide. (b)
During the combustion of a match, cellulose in the match and oxygen from the air undergo a chemical change to form carbon
dioxide and water vapor. (c) Cooking red meat causes a number of chemical changes, including the oxidation of iron in myoglobin
that results in the familiar red-to-brown color change. (d) A banana turning brown is a chemical change as new, darker (and less
tasty) substances form. (credit b: modification of work by Jeff Turner; credit c: modification of work by Gloria Cabada-Leman;
credit d: modification of work by Roberto Verzo)

Four pictures. A. a flask with copper wires placed in a blue solution and also the presence of a gas. B. A lighted match. C. meat

cubes being cooked on a pan. D. Bananas forming black spots on its peel.
Properties of matter fall into one of two categories. If the property depends on the amount of matter present, it is an extensive
property. The mass and volume of a substance are examples of extensive properties; for instance, a gallon of milk has a larger mass
and volume than a cup of milk. The value of an extensive property is directly proportional to the amount of matter in question. If
the property of a sample of matter does not depend on the amount of matter present, it is an intensive property. Temperature is an
example of an intensive property. If the gallon and cup of milk are each at 20 °C (room temperature), when they are combined, the
temperature remains at 20 °C. As another example, consider the distinct but related properties of heat and temperature. A drop of
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hot cooking oil spattered on your arm causes brief, minor discomfort, whereas a pot of hot oil yields severe burns. Both the drop
and the pot of oil are at the same temperature (an intensive property), but the pot clearly contains much more heat (extensive

property).

Hazard Diamond

You may have seen the symbol shown in Figure 1.2.4 on containers of chemicals in a laboratory or workplace. Sometimes called a
“fire diamond” or “hazard diamond,” this chemical hazard diamond provides valuable information that briefly summarizes the
various dangers of which to be aware when working with a particular substance.

Figure 1.2.4: The National Fire Protection Agency (NFPA) hazard diamond summarizes the major hazards of a chemical substance.

The National Fire Protection Agency (NFPA) 704 Hazard Identification System was developed by NFPA to provide safety
information about certain substances. The system details flammability, reactivity, health, and other hazards. Within the overall
diamond symbol, the top (red) diamond specifies the level of fire hazard (temperature range for flash point). The blue (left)
diamond indicates the level of health hazard. The yellow (right) diamond describes reactivity hazards, such as how readily the
substance will undergo detonation or a violent chemical change. The white (bottom) diamond points out special hazards, such as if
it is an oxidizer (which allows the substance to burn in the absence of air/oxygen), undergoes an unusual or dangerous reaction with
water, is corrosive, acidic, alkaline, a biological hazard, radioactive, and so on. Each hazard is rated on a scale from 0 to 4, with 0
being no hazard and 4 being extremely hazardous.

While many elements differ dramatically in their chemical and physical properties, some elements have similar properties. We can
identify sets of elements that exhibit common behaviors. For example, many elements conduct heat and electricity well, whereas
others are poor conductors. These properties can be used to sort the elements into three classes: metals (elements that conduct
well), nonmetals (elements that conduct poorly), and metalloids (elements that have properties of both metals and nonmetals).

The periodic table is a table of elements that places elements with similar properties close together (Figure 1.2.5). You will learn
more about the periodic table as you continue your study of chemistry.
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Figure 1.2.5: The periodic table shows how elements may be grouped according to certain similar properties. Note the background
color denotes whether an element is a metal, metalloid, or nonmetal, whereas the element symbol color indicates whether it is a
solid, liquid, or gas.

Monmetal Gas

Name

Summary

All substances have distinct physical and chemical properties, and may undergo physical or chemical changes. Physical properties,
such as hardness and boiling point, and physical changes, such as melting or freezing, do not involve a change in the composition
of matter. Chemical properties, such flammability and acidity, and chemical changes, such as rusting, involve production of matter
that differs from that present beforehand.

Measurable properties fall into one of two categories. Extensive properties depend on the amount of matter present, for example,
the mass of gold. Intensive properties do not depend on the amount of matter present, for example, the density of gold. Heat is an
example of an extensive property, and temperature is an example of an intensive property.

Glossary

chemical change
change producing a different kind of matter from the original kind of matter

chemical property

behavior that is related to the change of one kind of matter into another kind of matter

extensive property

property of a substance that depends on the amount of the substance

intensive property
property of a substance that is independent of the amount of the substance

physical change
change in the state or properties of matter that does not involve a change in its chemical composition
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physical property

characteristic of matter that is not associated with any change in its chemical composition

1.2: Physical and Chemical Changes and Properties is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
LibreTexts.

o 1.3: Physical and Chemical Properties by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-
2e.
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1.3: Energy - A Fundamental Part of Physical and Chemical Change

4b Learning Objectives

e To understand the concept of energy and its various forms.
o To know the relationship between energy, work, and heat.

Because energy takes many forms, only some of which can be seen or felt, it is defined by its effect on matter. For example,
microwave ovens produce energy to cook food, but we cannot see that energy. In contrast, we can see the energy produced by a
light bulb when we switch on a lamp. In this section, we describe the forms of energy and discuss the relationship between energy,
heat, and work.

Forms of Energy

The forms of energy include thermal energy, radiant energy, electrical energy, nuclear energy, and chemical energy (Figure 1.3.1).
Thermal energy results from atomic and molecular motion; the faster the motion, the greater the thermal energy. The temperature of
an object is a measure of its thermal energy content. Radiant energy is the energy carried by light, microwaves, and radio waves.
Objects left in bright sunshine or exposed to microwaves become warm because much of the radiant energy they absorb is
converted to thermal energy. Electrical energy results from the flow of electrically charged particles. When the ground and a cloud
develop a separation of charge, for example, the resulting flow of electrons from one to the other produces lightning, a natural form
of electrical energy. Nuclear energy is stored in the nucleus of an atom, and chemical energy is stored within a chemical compound
because of a particular arrangement of atoms.

(b) Radiant energy

(c) Electrical energy (d) Nuclear energy (e) Chemical energy

Figure 1.3.1: Forms of Energy. (a) Thermal energy results from atomic and molecular motion; molten steel at 2000°C has a very
high thermal energy content. (b) Radiant energy (e.g., from the sun) is the energy in light, microwaves, and radio waves. (c)
Lightning is an example of electrical energy, which is due to the flow of electrically charged particles. (d) Nuclear energy is
released when particles in the nucleus of the atom are rearranged. (e) Chemical energy results from the particular arrangement of
atoms in a chemical compound; the heat and light produced in this reaction are due to energy released during the breaking and
reforming of chemical bonds.

Electrical energy, nuclear energy, and chemical energy are different forms of potential energy (PE), which is energy stored in an
object because of the relative positions or orientations of its components. A brick lying on the windowsill of a 10th-floor office has
a great deal of potential energy, but until its position changes by falling, the energy is contained. In contrast, kinetic energy (KE) is
energy due to the motion of an object. When the brick falls, its potential energy is transformed to kinetic energy, which is then
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transferred to the object on the ground that it strikes. The electrostatic attraction between oppositely charged particles is a form of
potential energy, which is converted to kinetic energy when the charged particles move toward each other.

Energy can be converted from one form to another (Figure 1.3.2) or, as we saw with the brick, transferred from one object to
another. For example, when you climb a ladder to a high diving board, your body uses chemical energy produced by the
combustion of organic molecules. As you climb, the chemical energy is converted to mechanical work to overcome the force of
gravity. When you stand on the end of the diving board, your potential energy is greater than it was before you climbed the ladder:
the greater the distance from the water, the greater the potential energy. When you then dive into the water, your potential energy is
converted to kinetic energy as you fall, and when you hit the surface, some of that energy is transferred to the water, causing it to
splash into the air. Chemical energy can also be converted to radiant energy; one common example is the light emitted by fireflies,
which is produced from a chemical reaction.

Potential

Figure 1.3.2: Interconversion of Forms of Energy. When a swimmer steps off the platform to dive into the water, potential energy is
converted to kinetic energy. As the swimmer climbs back up to the top of the diving platform, chemical energy is converted to
mechanical work.

Although energy can be converted from one form to another, the total amount of energy in the universe remains constant. This is
known as the law of conservation of energy: Energy cannot be created or destroyed.

Energy, Heat, and Work

One definition of energy is the capacity to do work. The easiest form of work to visualize is mechanical work (Figure 1.3.3), which
is the energy required to move an object a distance d when opposed by a force F, such as gravity:

work = force x distance
w=Fd (1.3.1)

Because the force (F) that opposes the action is equal to the mass (m) of the object times its acceleration (a), we can also write
Equation 1.3.1 as follows:

work= mass x acceleration x distance
w=mad (1.3.2)
Recall from that weight is a force caused by the gravitational attraction between two masses, such as you and Earth.

Consider the mechanical work required for you to travel from the first floor of a building to the second. Whether you take an
elevator or an escalator, trudge upstairs, or leap up the stairs two at a time, energy is expended to overcome the force of gravity.
The amount of work done (w) and thus the energy required depends on three things:

1. the height of the second floor (the distance d);
2. your mass, which must be raised that distance against the downward acceleration due to gravity; and
3. your path.
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Figure 1.3.2: An Example of Mechanical Work. One form of energy is mechanical work, the energy required to move an object of

mass m a distance d when opposed by a force F, such as gravity.
In contrast, heat (q) is thermal energy that can be transferred from an object at one temperature to an object at another temperature.
The net transfer of thermal energy stops when the two objects reach the same temperature.

Energy is an extensive property of matter—for example, the amount of thermal energy in an object is proportional to both its mass
and its temperature. A water heater that holds 150 L of water at 50°C contains much more thermal energy than does a 1 L pan of
water at 50°C. Similarly, a bomb contains much more chemical energy than does a firecracker. We now present a more detailed
description of kinetic and potential energy.

Kinetic and Potential Energy
The kinetic energy of an object is related to its mass m and velocity v:

KE = %mqﬂ (1.3.3)

For example, the kinetic energy of a 1360 kg (approximately 3000 1b) automobile traveling at a velocity of 26.8 m/s (approximately
60 mi/h) is

KE = %(1360kg)(26.8ms)2 =4.88 x 10°g - m? (1.3.4)

Because all forms of energy can be interconverted, energy in any form can be expressed using the same units as kinetic energy. The
SI unit of energy, the joule (J), is named after the British physicist James Joule (1818-1889), an early worker in the field of energy.
is defined as 1 kilogram-meter®/second® (kg'm?/s?). Because a joule is such a small quantity of energy, chemists usually express
energy in kilojoules (1 kJ = 10% J). For example, the kinetic energy of the 1360 kg car traveling at 26.8 m/s is 4.88 x 10° J or 4.88 x
102 kJ. It is important to remember that the units of energy are the same regardless of the form of energy, whether thermal, radiant,
chemical, or any other form. Because heat and work result in changes in energy, their units must also be the same.

KE=488x10%kJ
.50 mi/h

To demonstrate, let’s calculate the potential energy of the same 1360 kg automobile if it were parked on the top level of a parking
garage 36.6 m (120 ft) high. Its potential energy is equivalent to the amount of work required to raise the vehicle from street level
to the top level of the parking garage, which is w = Fd. According to Equation 1.3.2, the force (F) exerted by gravity on any object
is equal to its mass (m, in this case, 1360 kg) times the acceleration (a) due to gravity (g, 9.81 m/s” at Earth’s surface). The distance
(d) is the height (h) above street level (in this case, 36.6 m). Thus the potential energy of the car is as follows:
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PE=Fd=mad=mgh (1.3.5)
PE = (1360, Kg) (9'?2"‘) (36.6 m) = 4.88 x 10° % (1.3.6)
=4.88 x 10°] = 488 k.J (1.3.7)

The units of potential energy are the same as the units of kinetic energy. Notice that in this case the potential energy of the
stationary automobile at the top of a 36.6 m high parking garage is the same as its kinetic energy at 60 mi/h.

PE=488x 107k

&

366 m

If the vehicle fell from the roof of the parking garage, its potential energy would be converted to kinetic energy, and it is reasonable
to infer that the vehicle would be traveling at 60 mi/h just before it hit the ground, neglecting air resistance. After the car hit the
ground, its potential and kinetic energy would both be zero.

Potential energy is usually defined relative to an arbitrary standard position (in this case, the street was assigned an elevation of

zero). As a result, we usually calculate only differences in potential energy: in this case, the difference between the potential energy
of the car on the top level of the parking garage and the potential energy of the same car on the street at the base of the garage.

it r;|i.-"h T il 'I X |

366m 36.6m

v ¥

KE=4.88 % 107 k) PE=0kJLKE=0
When the car is falling from the top of the parking structure it has a kinetic energy of 488 kilojoules. When the car hits the floor is

has a potential and kinetic energy of zero.
Units of Energy

The units of energy are the same for all forms of energy. Energy can also be expressed in the non-SI units of calories (cal), where 1
cal was originally defined as the amount of energy needed to raise the temperature of exactly 1 g of water from 14.5°C to
15.5°C.We specify the exact temperatures because the amount of energy needed to raise the temperature of 1 g of water 1°C varies
slightly with elevation. To three significant figures, however, this amount is 1.00 cal over the temperature range 0°C—100°C. The
name is derived from the Latin calor, meaning “heat.” Although energy may be expressed as either calories or joules, calories were
defined in terms of heat, whereas joules were defined in terms of motion. Because calories and joules are both units of energy,

however, the calorie is now defined in terms of the joule:
1 cal = 4.184 J exactly (1.3.8)
1J = 0.2390 cal (1.3.9)

In this text, we will use the SI units—joules (J) and kilojoules (kJ)—exclusively, except when we deal with nutritional information.
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a. If the mass of a baseball is 149 g, what is the kinetic energy of a fastball clocked at 100 mi/h?
b. A batter hits a pop fly, and the baseball (with a mass of 149 g) reaches an altitude of 250 ft. If we assume that the ball was 3
ft above home plate when hit by the batter, what is the increase in its potential energy?

Given: mass and velocity or height

Asked for: kinetic and potential energy

Strategy:

Use Equation 5.1.4 to calculate the kinetic energy and Equation 5.1.6 to calculate the potential energy, as appropriate.
Solution:

a. The kinetic energy of an object is given by 2m? In this case, we know both the mass and the velocity, but we must convert
the velocity to SI units:

v_(lOO}m/) ( 1K ) (Umﬁ) (1.61},1{)(1000m)_447m/8
1K 60 mif 60 s 1 i 1

The kinetic energy of the baseball is therefore

1kg 44.7m\? o kg -m? 2
KE = 1492 =149%x10* —— =149x1
9/"(1000;{)( s ) X0 X107

b. The increase in potential energy is the same as the amount of work required to raise the ball to its new altitude, which is
(250 — 3) = 247 feet above its initial position. Thus

PE=149 g (1010(’:9’) (9.8812m) (247 f¢) (%) =1.10 x 10?

kg-m?
52

=110 x 10 J

? Exercise 1.3.1

a. In a bowling alley, the distance from the foul line to the head pin is 59 ft, 10 13/16 in. (18.26 m). If a 16 Ib (7.3 kg) bowling
ball takes 2.0 s to reach the head pin, what is its kinetic energy at impact? (Assume its speed is constant.)
b. What is the potential energy of a 16 1b bowling ball held 3.0 ft above your foot?

Answer a
3.10 x 1027

Answer b

65J

Summary

All forms of energy can be interconverted. Three things can change the energy of an object: the transfer of heat, work performed on
or by an object, or some combination of heat and work. Thermochemistry is a branch of chemistry that qualitatively and
quantitatively describes the energy changes that occur during chemical reactions. Energy is the capacity to do work. Mechanical
work is the amount of energy required to move an object a given distance when opposed by a force. Thermal energy is due to the
random motions of atoms, molecules, or ions in a substance. The temperature of an object is a measure of the amount of thermal
energy it contains. Heat (q) is the transfer of thermal energy from a hotter object to a cooler one. Energy can take many forms;
most are different varieties of potential energy (PE), energy caused by the relative position or orientation of an object. Kinetic
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(kg'm?)/s?, and the calorie, defined as the amount of energy needed to raise the temperature of 1 g of water by 1°C (1 cal = 4.184
D).

1.3: Energy - A Fundamental Part of Physical and Chemical Change is shared under a CC BY-NC-SA 4.0 license and was authored, remixed,
and/or curated by LibreTexts.

e 5.1: The Nature of Energy is licensed CC BY-NC-SA 3.0.
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1.4: The Units of Measurement

4) Learning Objectives

o Explain the process of measurement and describe the three basic parts of a quantity.

o Describe the properties and units of length, mass, volume, density, temperature, and time.

e Recognize the common unit prefixes and use them to describe the magnitude of a measurement.
e Describe and calculate the density of a substance.

e Perform basic unit calculations and conversions in the metric and other unit systems.

Measurements provide the macroscopic information that is the basis of most of the hypotheses, theories, and laws that describe the
behavior of matter and energy in both the macroscopic and microscopic domains of chemistry. Every measurement provides three
kinds of information: the size or magnitude of the measurement (a number); a standard of comparison for the measurement (a unit);
and an indication of the uncertainty of the measurement. While the number and unit are explicitly represented when a quantity is
written, the uncertainty is an aspect of the measurement result that is more implicitly represented and will be discussed later.

The number in the measurement can be represented in different ways, including decimal form and scientific notation. For example,
the maximum takeoff weight of a Boeing 777-200ER airliner is 298,000 kilograms, which can also be written as 2.98 x 10° kg.
The mass of the average mosquito is about 0.0000025 kilograms, which can be written as 2.5 x 107% kg.

Units, such as liters, pounds, and centimeters, are standards of comparison for measurements. When we buy a 2-liter bottle of a soft
drink, we expect that the volume of the drink was measured, so it is two times larger than the volume that everyone agrees to be 1
liter. The meat used to prepare a 0.25-pound hamburger is measured so it weighs one-fourth as much as 1 pound. Without units, a
number can be meaningless, confusing, or possibly life threatening. Suppose a doctor prescribes phenobarbital to control a patient’s
seizures and states a dosage of “100” without specifying units. Not only will this be confusing to the medical professional giving
the dose, but the consequences can be dire: 100 mg given three times per day can be effective as an anticonvulsant, but a single
dose of 100 g is more than 10 times the lethal amount.

We usually report the results of scientific measurements in SI units, an updated version of the metric system, using the units listed
in Table 1.4.1. Other units can be derived from these base units. The standards for these units are fixed by international agreement,
and they are called the International System of Units or SI Units (from the French, Le Systéme International d’Unités). SI units
) since 1964.

Table 1.4.1: Base Units of the SI System

Property Measured Name of Unit Symbol of Unit

length meter m

mass kilogram kg
time second S
temperature kelvin K
electric current ampere A

amount of substance mole mol
luminous intensity candela cd

Sometimes we use units that are fractions or multiples of a base unit. Ice cream is sold in quarts (a familiar, non-SI base unit), pints
(0.5 quart), or gallons (4 quarts). We also use fractions or multiples of units in the SI system, but these fractions or multiples are
always powers of 10. Fractional or multiple SI units are named using a prefix and the name of the base unit. For example, a length
of 1000 meters is also called a kilometer because the prefix kilo means “one thousand,” which in scientific notation is 10% (1
kilometer = 1000 m = 103 m). The prefixes used and the powers to which 10 are raised are listed in Table 1.4.2.
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NG, equals 4 times ten to the negative 9, or 0.000000004 g. The prefix micro has the greek letter mu as its symbol and a factor of
10 to the negative sixth power. Therefore, 1 microliter, or mu L, is equal to one times ten to the negative 6 or 0.000001 L. The
prefix milli has a lowercase M as its symbol and a factor of 10 to the negative third power. Therefore, 2 millimoles, or M mol, are
equal to two times ten to the negative 3 or 0.002 mol. The prefix centi has a lowercase C as its symbol and a factor of 10 to the
negative second power. Therefore, 7 centimeters, or C M, are equal to seven times ten to the negative 2 meters or 0.07 M O L. The
prefix deci has a lowercase D as its symbol and a factor of 10 to the negative first power. Therefore, 1 deciliter, or lowercase D
uppercase L, are equal to one times ten to the negative 1 meters or 0.1 L. The prefix kilo has a lowercase K as its symbol and a
factor of 10 to the third power. Therefore, 1 kilometer, or K M, is equal to one times ten to the third meters or 1000 M. The prefix
mega has an uppercase M as its symbol and a factor of 10 to the sixth power. Therefore, 3 megahertz, or M H Z, are equal to three
times 10 to the sixth hertz, or 3000000 H Z. The prefix giga has an uppercase G as its symbol and a factor of 10 to the ninth power.
Therefore, 8 gigayears, or G Y R, are equal to eight times 10 to the ninth years, or 800000000 G Y R. The prefix tera has an
uppercase T as its symbol and a factor of 10 to the twelfth power. Therefore, 5 terawatts, or T W, are equal to five times 10 to the
twelfth watts, or 5000000000000 W." data-quail-id="64" data-mt-width="1076">

Table 1.4.2: Common Unit Prefixes

Prefix Symbol Factor Example

1 femtosecond (fs) = 1 x 10715

f f 10715
emfo 0 s (0.000000000000001 s)

1 picometer (pm) =1 x 1072 m

: -12
e P 10 (0.000000000001 m)
nano n 109 4 nanograms (ng) = 4 X 107° g

(0.000000004 g)

) 10-6 1 microliter (uL) =1 x 1075 L
fiero » (0.000001 L)

i 10 2 millimoles (mmol) =2 x 1073
i o mol (0.002 mol)
centi c 102 7 centimeters (cm) = 7 X 1072

m (0.07 m)
deci d 101 1 deciliter (dL) =1 x 10°' L
0.1L)
kil , 10° 1 kilometer (km) = 1 x 103 m

o (1000 m)

mega M 106 3 megahertz (MHz) = 3 X 10°
& Hz (3,000,000 Hz)

ioa G 109 8 gigayears (Gyr) = 8 x 10° yr
2l (8,000,000,000 Gyr)

. T 1012 5 terawatts (TW) =5 x 1012 W

e (5,000,000,000,000 W)

Sl Base Units

The initial units of the metric system, which eventually evolved into the SI system, were established in France during the French
Revolution. The original standards for the meter and the kilogram were adopted there in 1799 and eventually by other countries.
This section introduces four of the SI base units commonly used in chemistry. Other SI units will be introduced in subsequent
chapters.
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Length

The standard unit of length in both the SI and original metric systems is the meter (m). A meter was originally specified as
1/10,000,000 of the distance from the North Pole to the equator. It is now defined as the distance light in a vacuum travels in
1/299,792,458 of a second. A meter is about 3 inches longer than a yard (Figure 1.4.1); one meter is about 39.37 inches or 1.094
yards. Longer distances are often reported in kilometers (1 km = 1000 m = 10% m), whereas shorter distances can be reported in
centimeters (1 cm = 0.01 m = 10”2 m) or millimeters (1 mm = 0.001 m = 1072 m).

1 meter
@ = |
\\ |
1 yary, ;
® - i
o 1
1 centimetér, :
(c} = % |
% |
1inch R |
@ - % :
’ Ty Y 1
I|I||I|I||l|l|l||||||l|! T f T | T 1 T l T I T I T I T | T | T
lcm  Zem 10 20 30 40 50 60 T B0 90 100
1 1t 24t 3t
i FIB e e AT T T I il Eoie e 0 e a0l s A O e
1in. = 254 cm 1 m=1.084 yd = 39.36 inches

Figure 1.4.1: The relative lengths of 1 m, 1 yd, 1 cm, and 1 in. are shown (not actual size), as well as comparisons of 2.54 cm and 1
in., and of 1 m and 1.094 yd.

A ruler is shown with various lengths of black line shown above it to compare the relative lengths of 1 inch, meter, centimeter, and
yard.

Mass

The standard unit of mass in the SI system is the kilogram (kg). A kilogram was originally defined as the mass of a liter of water (a
cube of water with an edge length of exactly 0.1 meter). It is now defined by a certain cylinder of platinum-iridium alloy, which is
kept in France (Figure 1.4.2). Any object with the same mass as this cylinder is said to have a mass of 1 kilogram. One kilogram is
about 2.2 pounds. The gram (g) is exactly equal to 1/1000 of the mass of the kilogram (1073 kg).

Figure 1.4.2: This replica prototype kilogram is housed at the National Institute of Standards and Technology (NIST) in Maryland.
(credit: National Institutes of Standards and Technology).

Temperature

. convention is to use kelvin (all

Temperature is an intensive property. The SI unit of temperature is the kelvin (K). The [ 2
lowercase) for the word, K (uppercase) for the unit symbol, and neither the word “degree” nor the degree symbol (°). The degree
Celsius (°C) is also allowed in the SI system, with both the word “degree” and the degree symbol used for Celsius measurements.
Celsius degrees are the same magnitude as those of kelvin, but the two scales place their zeros in different places. Water freezes at
273.15 K (0 °C) and boils at 373.15 K (100 °C) by definition, and normal human body temperature is approximately 310 K (37
°C). The conversion between these two units and the Fahrenheit scale will be discussed later in this chapter.
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Time
The SI base unit of time is the second (s). Small and large time intervals can be expressed with the appropriate prefixes; for

example, 3 microseconds = 0.000003 s = 3 x 107 and 5 megaseconds = 5,000,000 s = 5 x 108 s. Alternatively, hours, days, and
years can be used.

Derived S| Units

We can derive many units from the seven SI base units. For example, we can use the base unit of length to define a unit of volume,
and the base units of mass and length to define a unit of density.

Volume

Volume is the measure of the amount of space occupied by an object. The standard SI unit of volume is defined by the base unit of
length (Figure 1.4.3). The standard volume is a cubic meter (m?), a cube with an edge length of exactly one meter. To dispense a
cubic meter of water, we could build a cubic box with edge lengths of exactly one meter. This box would hold a cubic meter of
water or any other substance.
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Figure 1.4.3: (a) The relative volumes are shown for cubes of 1 m3, 1 dm? (1 L), and 1 cm?® (1 mL) (not to scale). (b) The diameter

of a dime is compared relative to the edge length of a 1-cm3 (1-mL) cube.
A more commonly used unit of volume is derived from the decimeter (0.1 m, or 10 cm). A cube with edge lengths of exactly one
decimeter contains a volume of one cubic decimeter (dm3). A liter (L) is the more common name for the cubic decimeter. One liter
is about 1.06 quarts. A cubic centimeter (cm?) is the volume of a cube with an edge length of exactly one centimeter. The
abbreviation cc (for cubic centimeter) is often used by health professionals. A cubic centimeter is also called a milliliter (mL) and is
1/1000 of a liter.

Density

We use the mass and volume of a substance to determine its density. Thus, the units of density are defined by the base units of mass
and length.

The density of a substance is the ratio of the mass of a sample of the substance to its volume. The SI unit for density is the kilogram
per cubic meter (kg/m3). For many situations, however, this as an inconvenient unit, and we often use grams per cubic centimeter
(g/cmd) for the densities of solids and liquids, and grams per liter (g/L) for gases. Although there are exceptions, most liquids and
solids have densities that range from about 0.7 g/cm? (the density of gasoline) to 19 g/cm? (the density of gold). The density of air
is about 1.2 g/L. Table 1.4.3 shows the densities of some common substances.

Table 1.4.3: Densities of Common Substances
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Solids Liquids Gases (at 25 °C and 1 atm)
ice (at 0 °C) 0.92 g/cm?® water 1.0 g/cm> dry air 1.20 g/L
oak (wood) 0.60-0.90 g/cm3 ethanol 0.79 g/cm3 oxygen 1.31 g/L
iron 7.9 g/cm3 acetone 0.79 g/cm3 nitrogen 1.14 g/L
copper 9.0 g/cm> glycerin 1.26 g/cm? carbon dioxide 1.80 g/L
lead 11.3 g/cm? olive oil 0.92 g/cm?3 helium 0.16 g/L
silver 10.5 g/cm? gasoline 0.70-0.77 g/cm?3 neon 0.83 g/L
gold 19.3 g/crn3 mercury 13.6 g/crn3 radon 9.1 g/L.

While there are many ways to determine the density of an object, perhaps the most straightforward method involves separately
finding the mass and volume of the object, and then dividing the mass of the sample by its volume. In the following example, the
mass is found directly by weighing, but the volume is found indirectly through length measurements.

mass
volume

density =

v/ Example 1.4.1

Calculation of Density Gold—in bricks, bars, and coins—has been a form of currency for centuries. In order to swindle people
into paying for a brick of gold without actually investing in a brick of gold, people have considered filling the centers of
hollow gold bricks with lead to fool buyers into thinking that the entire brick is gold. It does not work: Lead is a dense
substance, but its density is not as great as that of gold, 19.3 g/cm>. What is the density of lead if a cube of lead has an edge
length of 2.00 cm and a mass of 90.7 g?

Solution
The density of a substance can be calculated by dividing its mass by its volume. The volume of a cube is calculated by cubing
the edge length.

volume of lead cube = 2.00 cm x 2.00 cm X 2.00 cm = 8.00 cm®

. mass 90.7g 113g 3
density = = = =11.
S = Solume ~ 8.00cm® | 1.00 cm? 3g/cm

(We will discuss the reason for rounding to the first decimal place in the next section.)

? Exercise 1.4.1
a. To three decimal places, what is the volume of a cube (cm®) with an edge length of 0.843 cm?

b. If the cube in part (a) is copper and has a mass of 5.34 g, what is the density of copper to two decimal places?

Answer a
0.599 cm3;
Answer b

8.91 g/cm3

v Example 1.4.2: Using Displacement of Water to Determine Density

This PhET simulation illustrates another way to determine density, using displacement of water. Determine the density of the
red and yellow blocks.
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Solution

When you open the density simulation and select Same Mass, you can choose from several 5.00-kg colored blocks that you can
drop into a tank containing 100.00 L water. The yellow block floats (it is less dense than water), and the water level rises to
105.00 L. While floating, the yellow block displaces 5.00 L water, an amount equal to the weight of the block. The red block
sinks (it is more dense than water, which has density = 1.00 kg/L), and the water level rises to 101.25 L.

The red block therefore displaces 1.25 L water, an amount equal to the volume of the block. The density of the red block is:

mass _ 5.00kg
volume ~ 1.25L

density = = 4.00 kg/L

Note that since the yellow block is not completely submerged, you cannot determine its density from this information. But if
you hold the yellow block on the bottom of the tank, the water level rises to 110.00 L, which means that it now displaces 10.00
L water, and its density can be found:

mass _ 5.00kg
volume = 10.00L

density = = 0.500 kg/L

? Exercise 1.4.1

Remove all of the blocks from the water and add the green block to the tank of water, placing it approximately in the middle of
the tank. Determine the density of the green block.

Answer

2.00 kg/L

Summary

Measurements provide quantitative information that is critical in studying and practicing chemistry. Each measurement has an
amount, a unit for comparison, and an uncertainty. Measurements can be represented in either decimal or scientific notation.
Scientists primarily use the SI (International System) or metric systems. We use base SI units such as meters, seconds, and
kilograms, as well as derived units, such as liters (for volume) and g/cm? (for density). In many cases, we find it convenient to use
unit prefixes that yield fractional and multiple units, such as microseconds (10~® seconds) and megahertz (10° hertz), respectively.

Key Equations

.. mass
* density = volume
Glossary
Celsius (°C)

unit of temperature; water freezes at 0 °C and boils at 100 °C on this scale

cubic centimeter (cm? or cc)

volume of a cube with an edge length of exactly 1 cm

cubic meter (m?)

SI unit of volume

density
ratio of mass to volume for a substance or object

kelvin (K)
ST unit of temperature; 273.15 K = 0 °C

kilogram (kg)
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standard SI unit of mass; 1 kg = approximately 2.2 pounds

length
measure of one dimension of an object

liter (L)
(also, cubic decimeter) unit of volume; 1 L = 1,000 cm3

meter (m)

standard metric and SI unit of length; 1 m = approximately 1.094 yards

milliliter (mL)
1/1,000 of a liter; equal to 1 cm?

second (s)
ST unit of time

SI units (International System of Units)
standards fixed by international agreement in the International System of Units (Le Systéme International d’Unités)

unit

standard of comparison for measurements

volume

amount of space occupied by an object

This page titled 1.4: The Units of Measurement is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
OpenStax.

e 1.4: Measurements by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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1.5: The Reliability of a Measurement

4b Learning Objectives

e Compare and contrast exact and uncertain numbers.

o Correctly represent uncertainty in quantities using significant figures.

o Identify the number of significant figures in value.

e Solve problems that involve various calculations and report the results with the appropriate number of significant figures.
e Apply proper rounding rules to computed quantities

e Define accuracy and precision, and use accuracy and precision to describe data sets.

Counting is the only type of measurement that is free from uncertainty, provided the number of objects being counted does not
change while the counting process is underway. The result of such a counting measurement is an example of an exact number. If we
count eggs in a carton, we know exactly how many eggs the carton contains. The numbers of defined quantities are also exact. By
definition, 1 foot is exactly 12 inches, 1 inch is exactly 2.54 centimeters, and 1 gram is exactly 0.001 kilogram. Quantities derived
from measurements other than counting, however, are uncertain to varying extents due to practical limitations of the measurement
process used.

Significant Figures in Measurement

The numbers of measured quantities, unlike defined or directly counted quantities, are not exact. To measure the volume of liquid
in a graduated cylinder, you should make a reading at the bottom of the meniscus, the lowest point on the curved surface of the
liquid.

Make reading
here
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Figure 1.5.1: To measure the volume of liquid in this graduated cylinder, you must mentally subdivide the distance between the 21
and 22 mL marks into tenths of a milliliter, and then make a reading (estimate) at the bottom of the meniscus.

A 25 millilter graduated cylinder filled with liquid. The markings on the cylinders is zoomed in to show the bottom of the meniscus

between 21 and 22 milliliters.
Refer to the illustration in Figure 1.5.1. The bottom of the meniscus in this case clearly lies between the 21 and 22 markings,
meaning the liquid volume is certainly greater than 21 mL but less than 22 mL. The meniscus appears to be a bit closer to the 22-
mL mark than to the 21-mL mark, and so a reasonable estimate of the liquid’s volume would be 21.6 mL. In the number 21.6, then,
the digits 2 and 1 are certain, but the 6 is an estimate. Some people might estimate the meniscus position to be equally distant from
each of the markings and estimate the tenth-place digit as 5, while others may think it to be even closer to the 22-mL mark and
estimate this digit to be 7. Note that it would be pointless to attempt to estimate a digit for the hundredths place, given that the
tenths-place digit is uncertain. In general, numerical scales such as the one on this graduated cylinder will permit measurements to
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one-tenth of the smallest scale division. The scale in this case has 1-mL divisions, and so volumes may be measured to the nearest
0.1 mL.

This concept holds true for all measurements, even if you do not actively make an estimate. If you place a quarter on a standard
electronic balance, you may obtain a reading of 6.72 g. The digits 6 and 7 are certain, and the 2 indicates that the mass of the
quarter is likely between 6.71 and 6.73 grams. The quarter weighs about 6.72 grams, with a nominal uncertainty in the
measurement of + 0.01 gram. If we weigh the quarter on a more sensitive balance, we may find that its mass is 6.723 g. This means
its mass lies between 6.722 and 6.724 grams, an uncertainty of 0.001 gram. Every measurement has some uncertainty, which
depends on the device used (and the user’s ability). All of the digits in a measurement, including the uncertain last digit, are called
significant figures or significant digits. Note that zero may be a measured value; for example, if you stand on a scale that shows
weight to the nearest pound and it shows “120,” then the 1 (hundreds), 2 (tens) and 0 (ones) are all significant (measured) values.

Whenever you make a measurement properly, all the digits in the result are significant. But what if you were analyzing a reported
value and trying to determine what is significant and what is not? Well, for starters, all nonzero digits are significant, and it is only
zeros that require some thought. We will use the terms “leading,” “trailing,” and “captive” for the zeros and will consider how to
deal with them.

J— Captive m— Leading

3090 0.008020

L Trailing L Trailing

Captive
The left diagram uses the example of 3090. The zero in the hundreds place is labeled “captive” and the zero in the ones place is
labeled trailing. The right diagram uses the example 0.008020. The three zeros in the ones, tenths, and hundredths places are
labeled “leading.” The zero in the ten-thousandths place is labeled “captive” and the zero in the millionths place is labeled
“trailing.”
Starting with the first nonzero digit on the left, count this digit and all remaining digits to the right. This is the number of significant
figures in the measurement unless the last digit is a trailing zero lying to the left of the decimal point.

First nonzero figure on the left First nonzero figure on the left

1267 m

U

i

Three significant figures; note that
the zero is to the right of the decimal paint
and therefore a significant figure

Four significant figures

The left diagram uses the example of 1267 meters. The number 1 is the first nonzero figure on the left. 1267 has 4 significant
figures in total. The right diagram uses the example of 55.0 grams. The number 5 in the tens place is the first nonzero figure on the
left. 55.0 has 3 significant figures. Note that the 0 is to the right of the decimal point and therefore is a significant figure.

Captive zeros result from measurement and are therefore always significant. Leading zeros, however, are never significant—they

merely tell us where the decimal point is located.

First nonzero figure on the left First nonzero figure on the left

70607 mL 0.00832407 mL

m Five significant figures; all figures m Six significant figures

are measured including the two zeros
The left diagram uses the example of 70.607 milliliters. The number 7 is the first nonzero figure on the left. 70.607 has 5 significant
figures in total, as all figures are measured including the 2 zeros. The right diagram uses the example of 0.00832407 M L. The
number 8 is the first nonzero figure on the left. 0.00832407 has 6 significant figures.
The leading zeros in this example are not significant. We could use exponential notation (as described in Appendix B) and express
the number as 8.32407 x 1073; then the number 8.32407 contains all of the significant figures, and 1072 locates the decimal point.

The number of significant figures is uncertain in a number that ends with a zero to the left of the decimal point location. The zeros
in the measurement 1,300 grams could be significant or they could simply indicate where the decimal point is located. The
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ambiguity can be resolved with the use of exponential notation: 1.3 x 10% (two significant figures), 1.30 x 10> (three significant
figures, if the tens place was measured), or 1.300 x 10 (four significant figures, if the ones place was also measured). In cases
where only the decimal-formatted number is available, it is prudent to assume that all trailing zeros are not significant.

F Significant figures: clearly result of measurement

1300 g

These zeros could be significant (measured), or they could be placeholders
This figure uses the example of 1300 grams. The one and the 3 are significant figures as they are clearly the result of measurement.
The 2 zeros could be significant if they were measured or they could be placeholders.
When determining significant figures, be sure to pay attention to reported values and think about the measurement and significant
figures in terms of what is reasonable or likely—that is, whether the value makes sense. For example, the official January 2014

reported nine significant figures, that is, to the exact number of people? People are constantly being born, dying, or moving into or
out of the country, and assumptions are made to account for the large number of people who are not actually counted. Because of
these uncertainties, it might be more reasonable to expect that we know the population to within perhaps a million or so, in which
case the population should be reported as 317 million, or 3.17 x 108 people.

Significant Figures in Calculations

A second important principle of uncertainty is that results calculated from a measurement are at least as uncertain as the
measurement itself. We must take the uncertainty in our measurements into account to avoid misrepresenting the uncertainty in
calculated results. One way to do this is to report the result of a calculation with the correct number of significant figures, which is
determined by the following three rules for rounding numbers:

1. When we add or subtract numbers, we should round the result to the same number of decimal places as the number with the
least number of decimal places (the least precise value in terms of addition and subtraction).

2. When we multiply or divide numbers, we should round the result to the same number of digits as the number with the least
number of significant figures (the least precise value in terms of multiplication and division).

3. If the digit to be dropped (the one immediately to the right of the digit to be retained) is less than 5, we “round down” and leave
the retained digit unchanged; if it is more than 5, we “round up” and increase the retained digit by 1; if the dropped digit is 5,
we round up or down, whichever yields an even value for the retained digit. (The last part of this rule may strike you as a bit
odd, but it’s based on reliable statistics and is aimed at avoiding any bias when dropping the digit “5,” since it is equally close to
both possible values of the retained digit.)

The following examples illustrate the application of this rule in rounding a few different numbers to three significant figures:

e 0.028675 rounds “up” to 0.0287 (the dropped digit, 7, is greater than 5)

e 18.3384 rounds “down” to 18.3 (the dropped digit, 3, is less than 5)

e 6.8752 rounds “up” to 6.88 (the dropped digit is 5, and the retained digit is even)

¢ 92.85 rounds “down” to 92.8 (the dropped digit is 5, and the retained digit is even)

Let’s work through these rules with a few examples.

v Example 1.5.1: Rounding Numbers

Round the following to the indicated number of significant figures:

a. 31.57 (to two significant figures)

b. 8.1649 (to three significant figures)
c. 0.051065 (to four significant figures)
d. 0.90275 (to four significant figures)
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Solution
a. 31.57 rounds “up” to 32 (the dropped digit is 5, and the retained digit is even)

b. 8.1649 rounds “down” to 8.16 (the dropped digit, 4, is less than 5)
c. 0.051065 rounds “down” to 0.05106 (the dropped digit is 5, and the retained digit is even)
d. 0.90275 rounds “up” to 0.9028 (the dropped digit is 5, and the retained digit is even)

? Exercise 1.5.1

Round the following to the indicated number of significant figures:

a. 0.424 (to two significant figures)

b. 0.0038661 (to three significant figures)
c. 421.25 (to four significant figures)

d. 28,683.5 (to five significant figures)

Answer a
0.42
Answer b
0.00387
Answer c
421.2
Answer d

28,684

v/ Example 1.5.2: Addition and Subtraction with Significant Figures Rule:

When we add or subtract numbers, we should round the result to the same number of decimal places as the number with the
least number of decimal places (i.e., the least precise value in terms of addition and subtraction).

a. Add 1.0023 g and 4.383 g.
b. Subtract 421.23 g from 486 g.

Solution
(@)
1.0023 g
+4.383g
5.3853 g

Answer is 5.385 g (round to the thousandths place; three decimal places)
(b)

486 g
—421.23¢g

64.77g

Answer is 65 g (round to the ones place; no decimal places)

https://chem.libretexts.org/@go/page/472271



https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/472271?pdf

LibreTexts"

1.0023 <~ Ten thousandths place
+ 4.383 <— Thousandths place: least precise
5.385% 64,27 g — Answeris65g

L Round to thousandths L Round to ones

() (b)

? Exercise 1.5.2
a. Add 2.334 mL and 0.31 mL.
b. Subtract 55.8752 m from 56.533 m.

Answer a
2.64 mL
Answer b

0.658 m

v/ Example 1.5.3: Multiplication and Division with Significant Figures

Rule: When we multiply or divide numbers, we should round the result to the same number of digits as the number with the
least number of significant figures (the least precise value in terms of multiplication and division).

a. Multiply 0.6238 cm by 6.6 cm.
b. Divide 421.23 g by 486 mL.

Solution
(a)
0.6238 cm X 6.6 cm = 4.11708 cm? — result is 4.1 cm? (round to two significant figures)
four significant figures x two significant figures — two significant figures answer
(b)
42123 ¢ ) .
86wl 0.86728... g/mL — result is 0.867 g/mL (round to three significant figures)

five significant figures
three significant figures

— three significant figures answer

? Exercise 1.5.3
a. Multiply 2.334 cm and 0.320 cm.
b. Divide 55.8752 m by 56.53 s.
Answer a
0.747 cm?
Answer b

0.9884 m/s
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In the midst of all these technicalities, it is important to keep in mind the reason why we use significant figures and rounding rules
—to correctly represent the certainty of the values we report and to ensure that a calculated result is not represented as being more
certain than the least certain value used in the calculation.

v/ Example 1.5.4: Calculation with Significant Figures

One common bathtub is 13.44 dm long, 5.920 dm wide, and 2.54 dm deep. Assume that the tub is rectangular and calculate its
approximate volume in liters.

Solution

V=Ixwxd
=13.44dm x 5.920 dm x 2.54 dm
= 202.09459...dm* (value from calculator)
= 202 dm?®, or 202 L (answer rounded to three significant figures)

? Exercise 1.5.4: Determination of Density Using Water Displacement

What is the density of a liquid with a mass of 31.1415 g and a volume of 30.13 cm3?

Answer

1.034 g/mL

v Example 1.5.4

A piece of rebar is weighed and then submerged in a graduated cylinder partially filled with water, with results as shown.

Rebar mass
=69.658 Qg

“Final” volume
=22.4mL

“Initial” volume
=13.5mL

A graduated cylinder filled with liquid is shown. One shows the level before the rebar is added and the other shows the level
with the rebar submerged in the liquid. Rebar mass is 69.658 grams, final volume is 22.4 milliliters, and initial volume is 13.5
milliliters.

a. Use these values to determine the density of this piece of rebar.
b. Rebar is mostly iron. Does your result in (a) support this statement? How?

Solution
The volume of the piece of rebar is equal to the volume of the water displaced:

volume = 224 mL — 13.5 mL = 8.9 mL = 8.9 cm?

(rounded to the nearest 0.1 mL, per the rule for addition and subtraction)

The density is the mass-to-volume ratio:
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mass _ 69.658¢g

density = =
eOS5Y = Volume 8.9 cm3

=7.8g/cm?

(rounded to two significant figures, per the rule for multiplication and division)

The density of iron is 7.9 g/cm?, very close to that of rebar, which lends some support to the fact that rebar is mostly iron.

? Exercise 1.5.4

An irregularly shaped piece of a shiny yellowish material is weighed and then submerged in a graduated cylinder, with results
as shown.

1
LLLL]L &
3
3
®

ny
S
ny
S

Mass
=51.842g

o
&

“Final” volume
=19.8 mL

1
=3
s
=3

“Initial” volume:
=17.1mL

@

A graduated cylinder filled with liquid is shown. One shows the level before the material is added and the other shows the level

with the material submerged in the liquid. Mass is 51.842 grams, final volume is 19.8 milliliters, and initial volume is 17.1
milliliters.

a. Use these values to determine the density of this material.
b. Do you have any reasonable guesses as to the identity of this material? Explain your reasoning.
Answer a
19 g/cm?
Answer b

It is likely gold; it has the right appearance for gold and very close to the density given for gold.

Accuracy and Precision

Scientists typically make repeated measurements of a quantity to ensure the quality of their findings and to know both the precision
and the accuracy of their results. Measurements are said to be precise if they yield very similar results when repeated in the same
manner. A measurement is considered accurate if it yields a result that is very close to the true or accepted value. Precise values
agree with each other; accurate values agree with a true value. These characterizations can be extended to other contexts, such as
the results of an archery competition (Figure 1.5.2).
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Accurate Precise, Mot accurate,
and precise nat accurate nat precise
(@ (b) )

Figure 1.5.2: (a) These arrows are close to both the bull’s eye and one another, so they are both accurate and precise. (b) These

arrows are close to one another but not on target, so they are precise but not accurate. (c) These arrows are neither on target nor

close to one another, so they are neither accurate nor precise.
Suppose a quality control chemist at a pharmaceutical company is tasked with checking the accuracy and precision of three
different machines that are meant to dispense 10 ounces (296 mL) of cough syrup into storage bottles. She proceeds to use each
machine to fill five bottles and then carefully determines the actual volume dispensed, obtaining the results tabulated in Table 1.5.2.

Table 1.5.2: Volume (mL) of Cough Medicine Delivered by 10-0z (296 mL) Dispensers

Dispenser #1 Dispenser #2 Dispenser #3
283.3 298.3 296.1
284.1 294.2 295.9
283.9 296.0 296.1
284.0 297.8 296.0
284.1 293.9 296.1

Considering these results, she will report that dispenser #1 is precise (values all close to one another, within a few tenths of a
milliliter) but not accurate (none of the values are close to the target value of 296 mL, each being more than 10 mL too low).
Results for dispenser #2 represent improved accuracy (each volume is less than 3 mL away from 296 mL) but worse precision
(volumes vary by more than 4 mL). Finally, she can report that dispenser #3 is working well, dispensing cough syrup both
accurately (all volumes within 0.1 mL of the target volume) and precisely (volumes differing from each other by no more than 0.2
mL).

Summary

Quantities can be exact or measured. Measured quantities have an associated uncertainty that is represented by the number of
significant figures in the measurement. The uncertainty of a calculated value depends on the uncertainties in the values used in the
calculation and is reflected in how the value is rounded. Measured values can be accurate (close to the true value) and/or precise
(showing little variation when measured repeatedly).

Glossary

uncertainty

estimate of amount by which measurement differs from true value

significant figures

(also, significant digits) all of the measured digits in a determination, including the uncertain last digit

rounding

procedure used to ensure that calculated results properly reflect the uncertainty in the measurements used in the calculation

precision

how closely a measurement matches the same measurement when repeated
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exact number

number derived by counting or by definition

accuracy

how closely a measurement aligns with a correct value

1.5: The Reliability of a Measurement is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.

e 1.5: Measurement Uncertainty, Accuracy, and Precision by OpenStax is licensed CC BY 4.0. Original source:

https://openstax.org/details/books/chemistry-2e.
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2.1: Brownian Motion - Evidence for Atoms

Learning Objectives

By the end of this section, you will be able to:

¢ Describe the basic structure of the atom, the substructure of all matter.

How do we know that atoms are really there if we cannot see them with our eyes? A brief account of the progression from the
proposal of atoms by the Greeks to the first direct evidence of their existence follows.

People have long speculated about the structure of matter and the existence of atoms. The earliest significant ideas to survive are
due to the ancient Greeks in the fifth century BCE, especially those of the philosophers Leucippus and Democritus. (There is some
evidence that philosophers in both India and China made similar speculations, at about the same time.) They considered the
question of whether a substance can be divided without limit into ever smaller pieces. There are only a few possible answers to this
question. One is that infinitesimally small subdivision is possible. Another is what Democritus in particular believed—that there is
a smallest unit that cannot be further subdivided. Democritus called this the atom. We now know that atoms themselves can be
subdivided, but their identity is destroyed in the process, so the Greeks were correct in a respect. The Greeks also felt that atoms
were in constant motion, another correct notion.

The Greeks and others speculated about the properties of atoms, proposing that only a few types existed and that all matter was
formed as various combinations of these types. The famous proposal that the basic elements were earth, air, fire, and water was
brilliant, but incorrect. The Greeks had identified the most common examples of the four states of matter (solid, gas, plasma, and
liquid), rather than the basic elements. More than 2000 years passed before observations could be made with equipment capable of
revealing the true nature of atoms.

Over the centuries, discoveries were made regarding the properties of substances and their chemical reactions. Certain systematic
features were recognized, but similarities between common and rare elements resulted in efforts to transmute them (lead into gold,
in particular) for financial gain. Secrecy was endemic. Alchemists discovered and rediscovered many facts but did not make them
broadly available. As the Middle Ages ended, alchemy gradually faded, and the science of chemistry arose. It was no longer
possible, nor considered desirable, to keep discoveries secret. Collective knowledge grew, and by the beginning of the 19th century,
an important fact was well established—the masses of reactants in specific chemical reactions always have a particular mass ratio.
This is very strong indirect evidence that there are basic units (atoms and molecules) that have these same mass ratios. The English
chemist John Dalton (1766-1844) did much of this work, with significant contributions by the Italian physicist Amedeo Avogadro
(1776-1856). It was Avogadro who developed the idea of a fixed number of atoms and molecules in a mole, and this special
number is called Avogadro’s number in his honor. The Austrian physicist Johann Josef Loschmidt was the first to measure the value
of the constant in 1865 using the kinetic theory of gases.

PATTERNS AND SYSTEMATICS

The recognition and appreciation of patterns has enabled us to make many discoveries. The periodic table of elements was
proposed as an organized summary of the known elements long before all elements had been discovered, and it led to many
other discoveries. We shall see in later chapters that patterns in the properties of subatomic particles led to the proposal of
quarks as their underlying structure, an idea that is still bearing fruit.

Knowledge of the properties of elements and compounds grew, culminating in the mid-19th-century development of the periodic
table of the elements by Dmitri Mendeleev (1834-1907), the great Russian chemist. Mendeleev proposed an ingenious array that
highlighted the periodic nature of the properties of elements. Believing in the systematics of the periodic table, he also predicted the
existence of then-unknown elements to complete it. Once these elements were discovered and determined to have properties
predicted by Mendeleev, his periodic table became universally accepted.

Also during the 19th century, the kinetic theory of gases was developed. Kinetic theory is based on the existence of atoms and
molecules in random thermal motion and provides a microscopic explanation of the gas laws, heat transfer, and thermodynamics.
Kinetic theory works so well that it is another strong indication of the existence of atoms. But it is still indirect evidence—
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individual atoms and molecules had not been observed. There were heated debates about the validity of kinetic theory until direct
evidence of atoms was obtained.

The first truly direct evidence of atoms is credited to Robert Brown, a Scottish botanist. In 1827, he noticed that tiny pollen grains
suspended in still water moved about in complex paths. This can be observed with a microscope for any small particles in a fluid.
The motion is caused by the random thermal motions of fluid molecules colliding with particles in the fluid, and it is now called
Brownian metion (Figure 2.1.1). Statistical fluctuations in the numbers of molecules striking the sides of a visible particle cause it
to move first this way, then that. Although the molecules cannot be directly observed, their effects on the particle can be. By
examining Brownian motion, the size of molecules can be calculated. The smaller and more numerous they are, the smaller the

fluctuations in the numbers striking different sides.

Figure 2.1.1: The position of a pollen grain in water, measured every few
seconds under a microscope, exhibits Brownian motion. Brownian motion is due to fluctuations in the number of atoms and
molecules colliding with a small mass, causing it to move about in complex paths. This is nearly direct evidence for the existence
of atoms, providing a satisfactory alternative explanation cannot be found.

It was Albert Einstein who, starting in his epochal year of 1905, published several papers that explained precisely how Brownian
motion could be used to measure the size of atoms and molecules. (In 1905 Einstein created special relativity, proposed photons as
quanta of EM radiation, and produced a theory of Brownian motion that allowed the size of atoms to be determined. All of this was
done in his spare time, since he worked days as a patent examiner. Any one of these very basic works could have been the crowning
achievement of an entire career—yet Einstein did even more in later years.) Their sizes were only approximately known to be 10—10
m, based on a comparison of latent heat of vaporization and surface tension made in about 1805 by Thomas Young of double-slit
fame and the famous astronomer and mathematician Simon Laplace.

Using Einstein’s ideas, the French physicist Jean-Baptiste Perrin (1870—-1942) carefully observed Brownian motion; not only did he
confirm Einstein’s theory, he also produced accurate sizes for atoms and molecules. Since molecular weights and densities of
materials were well established, knowing atomic and molecular sizes allowed a precise value for Avogadro’s number to be
obtained. (If we know how big an atom is, we know how many fit into a certain volume.) Perrin also used these ideas to explain
atomic and molecular agitation effects in sedimentation, and he received the 1926 Nobel Prize for his achievements. Most scientists
were already convinced of the existence of atoms, but the accurate observation and analysis of Brownian motion was conclusive—

it was the first truly direct evidence.
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Figure 2.1.2: Individual atoms can be detected with devices such as the
scanning tunneling electron microscope that produced this image of individual gold atoms on a graphite substrate. (credit: Erwin
Rossen, Eindhoven University of Technology, via Wikimedia Commons)

A huge array of direct and indirect evidence for the existence of atoms now exists. For example, it has become possible to
accelerate ions (much as electrons are accelerated in cathode-ray tubes) and to detect them individually as well as measure their
masses (see More Applications of Magnetism for a discussion of mass spectrometers). Other devices that observe individual atoms,
such as the scanning tunneling electron microscope, will be discussed elsewhere (Figure 2.1.2). All of our understanding of the
properties of matter is based on and consistent with the atom. The atom’s substructures, such as electron shells and the nucleus, are
both interesting and important. The nucleus in turn has a substructure, as do the particles of which it is composed. These topics, and
the question of whether there is a smallest basic structure to matter, will be explored in later parts of the text.

Summary

e Atoms are the smallest unit of elements; atoms combine to form molecules, the smallest unit of compounds.
o The first direct observation of atoms was in Brownian motion.

« Analysis of Brownian motion gave accurate sizes for atoms (107 m on average) and a precise value for Avogadro’s number.

Glossary

atom

basic unit of matter, which consists of a central, positively charged nucleus surrounded by negatively charged electrons

Brownian motion

the continuous random movement of particles of matter suspended in a liquid or gas

This page titled 2.1: Brownian Motion - Evidence for Atoms is shared under a CC BY 4.0 license and was authored, remixed, and/or curated by
OpenStax via source content that was edited to the style and standards of the LibreTexts platform.

o 30.1: Discovery of the Atom by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/college-physics.
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2.2: Modern Atomic Theory and the Laws That Led to It

4b Learning Objectives

By the end of this section, you will be able to:

o State the postulates of Dalton’s atomic theory
o Use postulates of Dalton’s atomic theory to explain the laws of definite and multiple proportions

The language used in chemistry is seen and heard in many disciplines, ranging from medicine to engineering to forensics to art.
The language of chemistry includes its own vocabulary as well as its own form of shorthand. Chemical symbols are used to
represent atoms and elements. Chemical formulas depict molecules as well as the composition of compounds. Chemical equations
provide information about the quality and quantity of the changes associated with chemical reactions.

This chapter will lay the foundation for our study of the language of chemistry. The concepts of this foundation include the atomic
theory, the composition and mass of an atom, the variability of the composition of isotopes, ion formation, chemical bonds in ionic
and covalent compounds, the types of chemical reactions, and the naming of compounds. We will also introduce one of the most
powerful tools for organizing chemical knowledge: the periodic table.

Atomic Theory through the Nineteenth Century

The earliest recorded discussion of the basic structure of matter comes from ancient Greek philosophers, the scientists of their day.

atomos, a term derived from the Greek word for “indivisible.” They thought of atoms as moving particles that differed in shape and
size, and which could join together. Later, Aristotle and others came to the conclusion that matter consisted of various combinations
of the four “elements”—fire, earth, air, and water—and could be infinitely divided. Interestingly, these philosophers thought about
atoms and “elements” as philosophical concepts, but apparently never considered performing experiments to test their ideas.

The Aristotelian view of the composition of matter held sway for over two thousand years, until English schoolteacher John Dalton
helped to revolutionize chemistry with his hypothesis that the behavior of matter could be explained using an atomic theory. First
published in 1807, many of Dalton’s hypotheses about the microscopic features of matter are still valid in modern atomic theory.
Here are the postulates of Dalton’s atomic theory.

1. Matter is composed of exceedingly small particles called atoms. An atom is the smallest unit of an element that can participate
in a chemical change.

2. An element consists of only one type of atom, which has a mass that is characteristic of the element and is the same for all
atoms of that element (Figure 2.2.1). A macroscopic sample of an element contains an incredibly large number of atoms, all of
which have identical chemical properties.

Figure 2.2.1: A pre-1982 copper penny (left) contains approximately 3 x 10%? copper atoms (several dozen are represented as brown
spheres at the right), each of which has the same chemical properties. (credit: modification of work by “slgckgc”/Flickr)

The left image shows a photograph of a stack of pennies. The right image calls out an area of one of the pennies, which is made up
of many sphere-shaped copper atoms. The atoms are densely organized.

3. Atoms of one element differ in properties from atoms of all other elements.
4. A compound consists of atoms of two or more elements combined in a small, whole-number ratio. In a given compound, the
numbers of atoms of each of its elements are always present in the same ratio (Figure 2.2.2).
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Copper(ll) oxide

Figure 2.2.2: Copper(II) oxide, a powdery, black compound, results from the combination of two types of atoms—copper (brown
spheres) and oxygen (red spheres)—in a 1:1 ratio. (credit: modification of work by “Chemicalinterest”/Wikimedia Commons)

The left image shows a container with a black, powdery compound. The right image calls out the molecular structure of the powder
which contains copper atoms that are clustered together with an equal number of oxygen atoms.
5. Atoms are neither created nor destroyed during a chemical change, but are instead rearranged to yield substances that are
different from those present before the change (Figure 2.2.3).

The elements The compound
copper and oxygen copper(ll) oxide

Figure 2.2.3: When the elements copper (a shiny, red-brown solid, shown here as brown spheres) and oxygen (a clear and colorless
gas, shown here as red spheres) react, their atoms rearrange to form a compound containing copper and oxygen (a powdery, black
solid). (credit copper: modification of work by Copper [images-of-elements.com]).

The left stoppered bottle contains copper and oxygen. There is a callout which shows that copper is made up of many sphere-
shaped atoms. The atoms are densely organized. The open space of the bottle contains oxygen gas, which is made up of bonded
pairs of oxygen atoms that are evenly spaced. The right stoppered bottle shows the compound copper two oxide. A callout from the
powder shows a molecule of copper two oxide, which contains copper atoms that are clustered together with an equal number of

oxygen atoms.
Dalton’s atomic theory provides a microscopic explanation of the many macroscopic properties of matter that you’ve learned about.
For example, if an element such as copper consists of only one kind of atom, then it cannot be broken down into simpler
substances, that is, into substances composed of fewer types of atoms. And if atoms are neither created nor destroyed during a
chemical change, then the total mass of matter present when matter changes from one type to another will remain constant (the law
of conservation of matter).

v/ Example 2.2.1: Testing Dalton’s Atomic Theory

In the following drawing, the green spheres represent atoms of a certain element. The purple spheres represent atoms of
another element. If the spheres touch, they are part of a single unit of a compound. Does the following chemical change
represented by these symbols violate any of the ideas of Dalton’s atomic theory? If so, which one?
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Q0 - o0 — o0

Starting materials Products of the change
This equation shows that the starting materials of the reaction are two bonded, green spheres, which are being combined with
two smaller, bonded purple spheres. The product of the change is one purple sphere that is bonded to one green sphere.
Solution

The starting materials consist of two green spheres and two purple spheres. The products consist of only one green sphere and
one purple sphere. This violates Dalton’s postulate that atoms are neither created nor destroyed during a chemical change, but
are merely redistributed. (In this case, atoms appear to have been destroyed.)

? Exercise 2.2.1

In the following drawing, the green spheres represent atoms of a certain element. The purple spheres represent atoms of
another element. If the spheres touch, they are part of a single unit of a compound. Does the following chemical change
represented by these symbols violate any of the ideas of Dalton’s atomic theory? If so, which one

Q0 + 00 + 90 — 000 + 000

Starting materials Products of the change

This equation shows that the starting materials of the reaction are two sets of bonded, green spheres which are each being
combined with two smaller, bonded purple spheres. The products of the change are two molecules that each contain one purple
sphere bonded between two green spheres.

Answer

The starting materials consist of four green spheres and two purple spheres. The products consist of four green spheres and
two purple spheres. This does not violate any of Dalton’s postulates: Atoms are neither created nor destroyed, but are
redistributed in small, whole-number ratios.

Dalton knew of the experiments of French chemist Joseph Proust, who demonstrated that all samples of a pure compound contain
the same elements in the same proportion by mass. This statement is known as the law of definite proportions or the law of constant
composition. The suggestion that the numbers of atoms of the elements in a given compound always exist in the same ratio is
consistent with these observations. For example, when different samples of isooctane (a component of gasoline and one of the
standards used in the octane rating system) are analyzed, they are found to have a carbon-to-hydrogen mass ratio of 5.33:1, as
shown in Table 2.2.1.

Table 2.2.1: Constant Composition of Isooctane

Sample Carbon Hydrogen Mass Ratio

14.82gcarbon 5.33 g carbon
2.78 ghydrogen ~ 1.00 g hydrogen

B 22.33 4.19 22.33gcarbon _  5.33 gcarbon
. e 419 ghydrogen _ 1.00 g hydrogen

19.40 g carbon  5.33 g carbon
C 1940¢ 3648 3.63 ghydrogen  1.00 g hydrogen

A 14.82 g 2.78g

It is worth noting that although all samples of a particular compound have the same mass ratio, the converse is not true in general.
That is, samples that have the same mass ratio are not necessarily the same substance. For example, there are many compounds
other than isooctane that also have a carbon-to-hydrogen mass ratio of 5.33:1.00.

Dalton also used data from Proust, as well as results from his own experiments, to formulate another interesting law. The law of
multiple proportions states that when two elements react to form more than one compound, a fixed mass of one element will react
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with masses of the other element in a ratio of small, whole numbers. For example, copper and chlorine can form a green, crystalline
solid with a mass ratio of 0.558 g chlorine to 1 g copper, as well as a brown crystalline solid with a mass ratio of 1.116 g chlorine to
1 g copper. These ratios by themselves may not seem particularly interesting or informative; however, if we take a ratio of these
ratios, we obtain a useful and possibly surprising result: a small, whole-number ratio.

1.116 g C1
1gCu 2

0.558gCl 1
1gCu

This 2-to-1 ratio means that the brown compound has twice the amount of chlorine per amount of copper as the green compound.

This can be explained by atomic theory if the copper-to-chlorine ratio in the brown compound is 1 copper atom to 2 chlorine atoms,
and the ratio in the green compound is 1 copper atom to 1 chlorine atom. The ratio of chlorine atoms (and thus the ratio of their
masses) is therefore 2 to 1 (Figure 2.2.4).

Copper atom

Figure 2.2.4: Compared to the copper chlorine compound in (a), where copper is represented by brown spheres and chlorine by
green spheres, the copper chlorine compound in (b) has twice as many chlorine atoms per copper atom. (credit a: modification of
work by “Benjah-bmm?27”/Wikimedia Commons; credit b: modification of work by “Walkerma”/Wikimedia Commons)

Figure A shows a pile of green powder. A callout shows that the green powder is made up of a lattice of copper atoms interspersed
with chlorine atoms. The atoms are color coded brown for copper and green for chlorine. The number of copper atoms is equal to
the number of chlorine atoms in the molecule. Figure B shows a pile of brown powder. A callout shows that the brown powder is
also made up of copper and chlorine atoms similar to the molecule shown in figure A.

v Example 2.2.2: Laws of Definite and Multiple Proportions

A sample of compound A (a clear, colorless gas) is analyzed and found to contain 4.27 g carbon and 5.69 g oxygen. A sample
of compound B (also a clear, colorless gas) is analyzed and found to contain 5.19 g carbon and 13.84 g oxygen. Are these data
an example of the law of definite proportions, the law of multiple proportions, or neither? What do these data tell you about
substances A and B?

Solution
In compound A, the mass ratio of carbon to oxygen is:

In compound B, the mass ratio of carbon to oxygen is:

The ratio of these ratios is:
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This supports the law of multiple proportions. This means that A and B are different compounds, with A having one-half as
much carbon per amount of oxygen (or twice as much oxygen per amount of carbon) as B. A possible pair of compounds that
would fit this relationship would be A = CO, and B = CO.

? Exercise 2.2.1

A sample of compound X (a clear, colorless, combustible liquid with a noticeable odor) is analyzed and found to contain 14.13
g carbon and 2.96 g hydrogen. A sample of compound Y (a clear, colorless, combustible liquid with a noticeable odor that is
slightly different from X’s odor) is analyzed and found to contain 19.91 g carbon and 3.34 g hydrogen. Are these data an
example of the law of definite proportions, the law of multiple proportions, or neither? What do these data tell you about
substances X and Y?

Answer
In compound X, the mass ratio of carbon to hydrogen is M
2.96gH
In compound Y, the mass ratio of carbon to oxygen is M
334gH

The ratio of these ratios is
14.13¢C
296gH  4.77gC/gH 0.800 = 4
1991gC = 59¢gC/gH 5
334gH

This small, whole-number ratio supports the law of multiple proportions. This means that X and Y are different compounds.

Summary

The ancient Greeks proposed that matter consists of extremely small particles called atoms. Dalton postulated that each element has
a characteristic type of atom that differs in properties from atoms of all other elements, and that atoms of different elements can
combine in fixed, small, whole-number ratios to form compounds. Samples of a particular compound all have the same elemental
proportions by mass. When two elements form different compounds, a given mass of one element will combine with masses of the
other element in a small, whole-number ratio. During any chemical change, atoms are neither created nor destroyed.

Glossary

Dalton’s atomic theory

set of postulates that established the fundamental properties of atoms

law of constant composition
(also, law of definite proportions) all samples of a pure compound contain the same elements in the same proportions by mass

law of multiple proportions
when two elements react to form more than one compound, a fixed mass of one element will react with masses of the other
element in a ratio of small whole numbers

law of definite proportions

(also, law of constant composition) all samples of a pure compound contain the same elements in the same proportions by mass

e 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).
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2.2: Modern Atomic Theory and the Laws That Led to It is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated
by LibreTexts.

e 2.2: Early Ideas in Atomic Theory by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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2.3: The Discovery of the Electron

4} Learning Objectives

e To become familiar with the components and structure of the atom.

Long before the end of the 19th century, it was well known that applying a high voltage to a gas contained at low pressure in a
sealed tube (called a gas discharge tube) caused electricity to flow through the gas, which then emitted light (Figure 2.3.1).
Researchers trying to understand this phenomenon found that an unusual form of energy was also emitted from the cathode, or
negatively charged electrode; this form of energy was called a cathode ray.

Direction of
cathode ray

Figure 2.3.1: A Gas Discharge Tube Producing Cathode Rays. When a high voltage is applied to a gas contained at low pressure in a

gas discharge tube, electricity flows through the gas, and energy is emitted in the form of light. Image used with Permission (CC

BY-SA-NC).
In 1897, the British physicist J. J. Thomson (1856-1940) proved that atoms were not the most basic form of matter. He
demonstrated that cathode rays could be deflected, or bent, by magnetic or electric fields, which indicated that cathode rays consist
of charged particles (Figure 2.3.2). More important, by measuring the extent of the deflection of the cathode rays in magnetic or
electric fields of various strengths, Thomson was able to calculate the mass-to-charge ratio of the particles. These particles were
emitted by the negatively charged cathode and repelled by the negative terminal of an electric field. Because like charges repel each
other and opposite charges attract, Thomson concluded that the particles had a net negative charge; these particles are now called
electrons. Most relevant to the field of chemistry, Thomson found that the mass-to-charge ratio of cathode rays is independent of
the nature of the metal electrodes or the gas, which suggested that electrons were fundamental components of all atoms.

Electrodes to Electrodes to
generate ray deflect ray
i G e e

Displacement

Voltace L @Anode / Negative plate

f , 1

Cathode (&) Evacuated tube/ Positive plate
+

Cathode ray
Figure 2.3.2: Deflection of Cathode Rays by an Electric Field. As the cathode rays travel toward the right, they are deflected toward
the positive electrode (+), demonstrating that they are negatively charged. Image used with Permission (CC BY-SA-NC).

Schematic of cathode ray tube with deflection. Electrodes generate the ray. Another set of electrode plates deflect the ray, with the
ray bending towards the positive plate.

Subsequently, the American scientist Robert Millikan (1868—1953) carried out a series of experiments using electrically charged oil
droplets, which allowed him to calculate the charge on a single electron. With this information and Thomson’s mass-to-charge
ratio, Millikan determined the mass of an electron:
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mass
——— X charge = mass
charge

It was at this point that two separate lines of investigation began to converge, both aimed at determining how and why matter emits
energy. The video below shows how JJ Thompson used such a tube to measure the ratio of charge over mass of an electron

Measuring e/m For an Electron. Video from Davidson College demonstrating Thompson's e/m experiment.

Radioactivity

The second line of investigation began in 1896, when the French physicist Henri Becquerel (1852-1908) discovered that certain
minerals, such as uranium salts, emitted a new form of energy. Becquerel’s work was greatly extended by Marie Curie (1867-1934)
and her husband, Pierre (1854-1906); all three shared the Nobel Prize in Physics in 1903. Marie Curie coined the term radioactivity
(from the Latin radius, meaning “ray”) to describe the emission of energy rays by matter. She found that one particular uranium
ore, pitchblende, was substantially more radioactive than most, which suggested that it contained one or more highly radioactive
impurities. Starting with several tons of pitchblende, the Curies isolated two new radioactive elements after months of work:
polonium, which was named for Marie’s native Poland, and radium, which was named for its intense radioactivity. Pierre Curie
carried a vial of radium in his coat pocket to demonstrate its greenish glow, a habit that caused him to become ill from radiation
poisoning well before he was run over by a horse-drawn wagon and killed instantly in 1906. Marie Curie, in turn, died of what was
almost certainly radiation poisoning.

Figure 2.3.3: Radium bromide illuminated by its own radioactive glow. This 1922 photo was taken in the dark in the Curie

laboratory.
Building on the Curies’ work, the British physicist Ernest Rutherford (1871-1937) performed decisive experiments that led to the
modern view of the structure of the atom. While working in Thomson’s laboratory shortly after Thomson discovered the electron,
Rutherford showed that compounds of uranium and other elements emitted at least two distinct types of radiation. One was readily
absorbed by matter and seemed to consist of particles that had a positive charge and were massive compared to electrons. Because
it was the first kind of radiation to be discovered, Rutherford called these substances o particles. Rutherford also showed that the
particles in the second type of radiation, (3 particles, had the same charge and mass-to-charge ratio as Thomson’s electrons; they are
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now known to be high-speed electrons. A third type of radiation, y rays, was discovered somewhat later and found to be similar to
the lower-energy form of radiation called x-rays, now used to produce images of bones and teeth.

Photogaphic film or
luminescent screen

B particles:
negatively charged;
large deflection

Lead container Slits P ositive due to low mass
plate
+

| ¥ rays:
no charge; not deflected

|
[ ||
m‘j

| " W\ - it ;
: positively charged;
NEQI:E:@ small deflection
P due to high mass

Radioactive

v
element /

v
v

Figure 2.3.4: Effect of an Electric Field on o Particles,  Particles, and y Rays. A negative electrode deflects negatively charged 8
particles, whereas a positive electrode deflects positively charged o particles. Uncharged y rays are unaffected by an electric field.
(Relative deflections are not shown to scale.) Image used with Permission (CC BY-SA-NC).

Schematic of a radioactive element in a lead container projected through slits to produce a narrow beam that impacts a
photographic film. Two plates, one positive and one negative, deflect the beam depending on whether it is beta, gamma, or alpha.
Beta particles deflect towards the positive plate and have a large deflection due to small mass. Alpha particles deflect towards the

negative plate and have a small deflection due to high mass. Gamma rays do not deflect.
These three kinds of radiation—a particles, (3 particles, and y rays—are readily distinguished by the way they are deflected by an
electric field and by the degree to which they penetrate matter. As Figure 2.3.3 illustrates, a particles and {3 particles are deflected in
opposite directions; a particles are deflected to a much lesser extent because of their higher mass-to-charge ratio. In contrast, y rays
have no charge, so they are not deflected by electric or magnetic fields. Figure 2.3.5 shows that « particles have the least penetrating
power and are stopped by a sheet of paper, whereas [3 particles can pass through thin sheets of metal but are absorbed by lead foil or
even thick glass. In contrast, y-rays can readily penetrate matter; thick blocks of lead or concrete are needed to stop them.

yrays

2

B particles

o particles

%

Paper 0.5 cm lead 10 cm lead
Figure 2.3.5: Relative Penetrating Power of the Three Types of Radiation. A sheet of paper stops comparatively massive a particles,
whereas { particles easily penetrate paper but are stopped by a thin piece of lead foil. Uncharged y rays penetrate the paper and lead
foil; a much thicker piece of lead or concrete is needed to absorb them. Image used with Permission (CC BY-SA-NC).

Cartoon of gamma, alpha, and beta rays. The beta ray is stopped by paper. The alpha ray is stopped by .5 centimeter lead. The
gamma ray is stopped by 10 centimeter lead.

The Atomic Model

Once scientists concluded that all matter contains negatively charged electrons, it became clear that atoms, which are electrically
neutral, must also contain positive charges to balance the negative ones. Thomson proposed that the electrons were embedded in a
uniform sphere that contained both the positive charge and most of the mass of the atom, much like raisins in plum pudding or
chocolate chips in a cookie (Figure 2.3.6).
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Positively
charged
matter

Negatively
charged
electrons

Figure 2.3.6: Thomson’s Plum Pudding or Chocolate Chip Cookie Model of the Atom. In this model, the electrons are embedded in
a uniform sphere of positive charge. Image used with Permission (CC BY-SA-NC).

Diagram of the plum-pudding model, with spheres of negatively charged electrons in a larger sphere of positively charged matter.

In a single famous experiment, however, Rutherford showed unambiguously that Thomson’s model of the atom was incorrect.
Rutherford aimed a stream of o particles at a very thin gold foil target (Figure 2.3.7a) and examined how the « particles were
scattered by the foil. Gold was chosen because it could be easily hammered into extremely thin sheets, minimizing the number of
atoms in the target. If Thomson’s model of the atom were correct, the positively-charged o particles should crash through the
uniformly distributed mass of the gold target like cannonballs through the side of a wooden house. They might be moving a little
slower when they emerged, but they should pass essentially straight through the target (Figure 2.3.7b). To Rutherford’s amazement,
a small fraction of the o particles were deflected at large angles, and some were reflected directly back at the source (Figure 2.3.7c¢).
According to Rutherford, “It was almost as incredible as if you fired a 15-inch shell at a piece of tissue paper and it came back and

hit you.”
>
Photographic film or
luminescent screen
Lead
container »
>
/ (b) What Rutherford expected if
L T Thomson’s model were correct
JJJJJJJJJJJJJJJJ“;.-;-.:)J’ LT H
Stream of o particles ' By : o E L] s
| : F i/ il ®
_J i o . i i/ i -
A ) ) : ~ Positively
fi i # Thin gold foil “charged \
nucleus g
r.d\_GoIda:oms -
&
-‘.-,__‘_______7___,--' e R

(a) Rutherford's experiment (c) What Rutherford actually observed

Figure 2.3.7: A Summary of Rutherford’s Experiments. (a) A representation of the apparatus Rutherford used to detect deflections in
a stream of o particles aimed at a thin gold foil target. The particles were produced by a sample of radium. (b) If Thomson’s model
of the atom were correct, the a particles should have passed straight through the gold foil. (c) However, a small number of «
particles were deflected in various directions, including right back at the source. This could be true only if the positive charge were
much more massive than the a particle. It suggested that the mass of the gold atom is concentrated in a very small region of space,
which he called the nucleus. Image used with Permission (CC BY-SA-NC).

Schematic of Rutherford's gold foil experiment. Inset A: Radium fires a stream of alpha particles onto thin gold foil, showing
particle deflection onto surrounding photographic film. Inset B: What Rutherford would have expected if Thomas' model were
correct: alpha particles continuing through gold foil with no deflection. Inset C: What Rutherford actually observed: alpha particles
deflected by nuclei of gold atoms.
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The Nuclear Atom: [youtu.be]

Rutherford’s results were not consistent with a model in which the mass and positive charge are distributed uniformly throughout
the volume of an atom. Instead, they strongly suggested that both the mass and positive charge are concentrated in a tiny fraction of
the volume of an atom, which Rutherford called the nucleus. It made sense that a small fraction of the a particles collided with the
dense, positively charged nuclei in either a glancing fashion, resulting in large deflections, or almost head-on, causing them to be
reflected straight back at the source.

Although Rutherford could not explain why repulsions between the positive charges in nuclei that contained more than one positive
charge did not cause the nucleus to disintegrate, he reasoned that repulsions between negatively charged electrons would cause the
electrons to be uniformly distributed throughout the atom’s volume.Today it is known that strong nuclear forces, which are much
stronger than electrostatic interactions, hold the protons and the neutrons together in the nucleus. For this and other insights,
Rutherford was awarded the Nobel Prize in Chemistry in 1908. Unfortunately, Rutherford would have preferred to receive the
Nobel Prize in Physics because he considered physics superior to chemistry. In his opinion, “All science is either physics or stamp
collecting.”

J.J. Thomsen Henri Becquerel
(1856-1940) (1852-1908)
cathode ray = charged particle = electron (1897) uranium emits rays that
charge-to-mass ratio of electron (1897) fog photographic film (1896)

L
Marie and Pierre Curie
(1867-1934, 1854-1906)
y radioactive elements

J).Th polenium and radium (1898)

“plum pudding” model +

ofiatom|(1304) Ernest Rutherford

(1871-1937)
Il o and B particles (1898)

Robert Millikan v

(1868-1953) Ernest Rutherford

charge and mass » nuclear model of

of electrons (1909) atom (1911)
v
Ernest Rutherford
proton (1920)

¥

James Chadwick
(1891-1974)
neutron (1932)

Figure 2.3.8: A Summary of the Historical Development of Models of the Components and Structure of the Atom. The dates in

parentheses are the years in which the key experiments were performed. Image used with Permission (CC BY-SA-NC).
The historical development of the different models of the atom’s structure is summarized in Figure 2.3.8. Rutherford established
that the nucleus of the hydrogen atom was a positively charged particle, for which he coined the name proton in 1920. He also
suggested that the nuclei of elements other than hydrogen must contain electrically neutral particles with approximately the same
mass as the proton. The neutron, however, was not discovered until 1932, when James Chadwick (1891-1974, a student of
Rutherford; Nobel Prize in Physics, 1935) discovered it. As a result of Rutherford’s work, it became clear that an « particle contains
two protons and neutrons, and is therefore the nucleus of a helium atom.
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1803
Dalton proposes the
indivisible unit of an
element is the atom.
1904 . Thomson discovers

electrons, believed to
reside within a sphere of
uniform positive charge
(the plum pudding
model).

Rutherford
demonstrates the
existence of a positively
charged nucleus

that contains nearly

all the mass of an atom.

1911

1913
Bohr proposes

fixed circular orbits
around the nucleus for
electrons,

In the current model of
the atom, electrons
occupy regions of
space (orbitals) around
the nucleus determined
by their energies.

Figure 2.3.9: The Evolution of Atomic Theory, as Illustrated by Models of the Oxygen Atom. Bohr’s model and the current model
are described in Chapter 6, "The Structure of Atoms." Image used with Permission (CC BY-SA-NC).

Summary timeline of the evolution of atomic theory. Shows events at 1803 with Dalton's original proposal, 1904 with Thomson's
model, 1911 with Rutherford's experiment, 1913 with Bohr's model, and 1926 with the current orbital model of the atom.
Rutherford’s model of the atom is essentially the same as the modern model, except that it is now known that electrons are not
uniformly distributed throughout an atom’s volume. Instead, they are distributed according to a set of principles described by
Quantum Mechanics. Figure 2.3.9 shows how the model of the atom has evolved over time from the indivisible unit of Dalton to
the modern view taught today.

Summary

Atoms are the ultimate building blocks of all matter. The modern atomic theory establishes the concepts of atoms and how they
compose matter. Atoms, the smallest particles of an element that exhibit the properties of that element, consist of negatively
charged electrons around a central nucleus composed of more massive positively charged protons and electrically neutral neutrons.
Radioactivity is the emission of energetic particles and rays (radiation) by some substances. Three important kinds of radiation are
o particles (helium nuclei), 8 particles (electrons traveling at high speed), and y rays (similar to x-rays but higher in energy).

2.3: The Discovery of the Electron is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.

e 2.2: The Discovery of Atomic Structure is licensed CC BY-NC-SA 3.0.
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2.4: The Structure of The Atom

4b Learning Objectives

e Write and interpret symbols that depict the atomic number, mass number, and charge of an atom or ion
e Define the atomic mass unit and average atomic mass
o Calculate average atomic mass and isotopic abundance

The development of modern atomic theory revealed much about the inner structure of atoms. It was learned that an atom contains a
very small nucleus composed of positively charged protons and uncharged neutrons, surrounded by a much larger volume of space
containing negatively charged electrons. The nucleus contains the majority of an atom’s mass because protons and neutrons are
much heavier than electrons, whereas electrons occupy almost all of an atom’s volume. The diameter of an atom is on the order of
10719 m, whereas the diameter of the nucleus is roughly 107> m—about 100,000 times smaller. For a perspective about their
relative sizes, consider this: If the nucleus were the size of a blueberry, the atom would be about the size of a football stadium
(Figure 2.4.1).

Nucleus

107%® m

107%m
Figure 2.4.1: If an atom could be expanded to the size of a football stadium, the nucleus would be the size of a single blueberry.
(credit middle: modification of work by “babyknight”/Wikimedia Commons; credit right: modification of work by Paxson
Woelber).

The diagram on the left shows a picture of an atom with a nucleus. The central figure shows a photograph of an American football

stadium. The figure on the right shows a photograph of a handful of blueberries.
Atoms—and the protons, neutrons, and electrons that compose them—are extremely small. For example, a carbon atom weighs
less than 2 x 10723 g, and an electron has a charge of less than 2 x 107! C (coulomb). When describing the properties of tiny
objects such as atoms, we use appropriately small units of measure, such as the atomic mass unit (amu) and the fundamental unit of
charge (e). The amu was originally defined based on hydrogen, the lightest element, then later in terms of oxygen. Since 1961, it
has been defined with regard to the most abundant isotope of carbon, atoms of which are assigned masses of exactly 12 amu. (This
isotope is known as “carbon-12” as will be discussed later in this module.) Thus, one amu is exactly 1/12 of the mass of one
carbon-12 atom: 1 amu = 1.6605 x 10724 g. (The Dalton (Da) and the unified atomic mass unit (u) are alternative units that are
equivalent to the amu.) The fundamental unit of charge (also called the elementary charge) equals the magnitude of the charge of an
electron (e) with e = 1.602 x 10719 C.

A proton has a mass of 1.0073 amu and a charge of 1+. A neutron is a slightly heavier particle with a mass 1.0087 amu and a charge
of zero; as its name suggests, it is neutral. The electron has a charge of 1- and is a much lighter particle with a mass of about
0.00055 amu (it would take about 1800 electrons to equal the mass of one proton. The properties of these fundamental particles are
summarized in Table 2.4.1. (An observant student might notice that the sum of an atom’s subatomic particles does not equal the
atom’s actual mass: The total mass of six protons, six neutrons, and six electrons is 12.0993 amu, slightly larger than the 12.00 amu
of an actual carbon-12 atom. This “missing” mass is known as the mass defect, and you will learn about it in the chapter on nuclear
chemistry.)

Table 2.4.1: Properties of Subatomic Particles
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Name Location Charge (C) Unit Charge Mass (amu) Mass (g)

electron outside nucleus —1.602 x 1071° 1- 0.00055 0.00091 x 10~
proton nucleus 1.602 x 10719 1+ 1.00727 1.67262 x 1072
neutron nucleus 0 0 1.00866 1.67493 x 10~

The number of protons in the nucleus of an atom is its atomic number (Z). This is the defining trait of an element: Its value
determines the identity of the atom. For example, any atom that contains six protons is the element carbon and has the atomic
number 6, regardless of how many neutrons or electrons it may have. A neutral atom must contain the same number of positive and
negative charges, so the number of protons equals the number of electrons. Therefore, the atomic number also indicates the number
of electrons in an atom. The total number of protons and neutrons in an atom is called its mass number (A). The number of
neutrons is therefore the difference between the mass number and the atomic number: A — Z = number of neutrons.

atomic number (Z) = number of protons
mass number (A) = number of protons + number of neutrons
A—7 = number of neutrons

Atoms are electrically neutral if they contain the same number of positively charged protons and negatively charged electrons.
When the numbers of these subatomic particles are not equal, the atom is electrically charged and is called an ion. The charge of an
atom is defined as follows:

Atomic charge = number of protons — number of electrons

As will be discussed in more detail later in this chapter, atoms (and molecules) typically acquire charge by gaining or losing
electrons. An atom that gains one or more electrons will exhibit a negative charge and is called an anion. Positively charged atoms
called cations are formed when an atom loses one or more electrons. For example, a neutral sodium atom (Z = 11) has 11 electrons.
If this atom loses one electron, it will become a cation with a 1+ charge (11 — 10 = 1+). A neutral oxygen atom (Z = 8) has eight
electrons, and if it gains two electrons it will become an anion with a 2— charge (8 — 10 = 2-).

v/ Example 2.4.1: Composition of an Atom

Iodine is an essential trace element in our diet; it is needed to produce thyroid hormone. Insufficient iodine in the diet can lead
to the development of a goiter, an enlargement of the thyroid gland (Figure 2.4.2).
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Figure 2.4.2: (a) Insufficient iodine in the diet can cause an enlargement of the thyroid gland called a goiter. (b) The addition of
small amounts of iodine to salt, which prevents the formation of goiters, has helped eliminate this concern in the US where salt
consumption is high. (credit a: modification of work by “Almazi”/Wikimedia Commons; credit b: modification of work by
Mike Mozart)

Figure A shows a photo of a person who has a very swollen thyroid in his or her neck. Figure B shows a photo of a canister of
Morton iodized salt.

The addition of small amounts of iodine to table salt (iodized salt) has essentially eliminated this health concern in the United
States, but as much as 40% of the world’s population is still at risk of iodine deficiency. The iodine atoms are added as anions,
and each has a 1— charge and a mass number of 127. Determine the numbers of protons, neutrons, and electrons in one of these
iodine anions.

Solution

The atomic number of iodine (53) tells us that a neutral iodine atom contains 53 protons in its nucleus and 53 electrons outside
its nucleus. Because the sum of the numbers of protons and neutrons equals the mass number, 127, the number of neutrons is
74 (127 — 53 = 74). Since the iodine is added as a 1- anion, the number of electrons is 54 [53 — (1-) = 54].

? Exercise 2.4.1

An ion of platinum has a mass number of 195 and contains 74 electrons. How many protons and neutrons does it contain, and
what is its charge?

Answer

78 protons; 117 neutrons; charge is 4+

Chemical Symbols

A chemical symbol is an abbreviation that we use to indicate an element or an atom of an element. For example, the symbol for
mercury is Hg (Figure 2.4.3). We use the same symbol to indicate one atom of mercury (microscopic domain) or to label a container
of many atoms of the element mercury (macroscopic domain).
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Figure 2.4.3: The symbol Hg represents the element mercury regardless of the amount; it could represent one atom of mercury or a

large amount of mercury. from Wikipedia (user: Materialscientist).
The symbols for several common elements and their atoms are listed in Table 2.4.2. Some symbols are derived from the common
name of the element; others are abbreviations of the name in another language. Symbols have one or two letters, for example, H for
hydrogen and Cl for chlorine. To avoid confusion with other notations, only the first letter of a symbol is capitalized. For example,
Co is the symbol for the element cobalt, but CO is the notation for the compound carbon monoxide, which contains atoms of the
elements carbon (C) and oxygen (O). All known elements and their symbols are in the periodic table.

Table 2.4.2: Some Common Elements and Their Symbols

Element Symbol Element Symbol
aluminum Al iron Fe (from ferrum)
bromine Br lead Pb (from plumbum)
calcium Ca magnesium Mg
carbon C mercury Hg (from hydrargyrum)
chlorine Cl nitrogen N
chromium Cr oxygen O
cobalt Co potassium K (from kalium)
copper Cu (from cuprum) silicon Si
fluorine F silver Ag (from argentum)
gold Au (from aurum) sodium Na (from natrium)
helium He sulfur S
hydrogen H tin Sn (from stannum)
iodine I zinc Zn

Traditionally, the discoverer (or discoverers) of a new element names the element. However, until the name is recognized by the
International Union of Pure and Applied Chemistry (IUPAC), the recommended name of the new element is based on the Latin

word(s) for its atomic number. For example, element 106 was called unnilhexium (Unh), element 107 was called unnilseptium
(Uns), and element 108 was called unniloctium (Uno) for several years. These elements are now named after scientists or locations;
for example, element 106 is now known as seaborgium (Sg) in honor of Glenn Seaborg, a Nobel Prize winner who was active in

the discovery of several heavy elements.
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Isotopes

The symbol for a specific isotope of any element is written by placing the mass number as a superscript to the left of the element
symbol (Figure 2.4.4). The atomic number is sometimes written as a subscript preceding the symbol, but since this number defines
the element’s identity, as does its symbol, it is often omitted. For example, magnesium exists as a mixture of three isotopes, each
with an atomic number of 12 and with mass numbers of 24, 25, and 26, respectively. These isotopes can be identified as 24Mg,
25Mg, and 2®Mg. These isotope symbols are read as “element, mass number” and can be symbolized consistent with this reading.
For instance, 24Mg is read as “magnesium 24,” and can be written as “magnesium-24” or “Mg-24.” 25Mg is read as “magnesium
25,” and can be written as “magnesium-25” or “Mg-25.” All magnesium atoms have 12 protons in their nucleus. They differ only
because a Mg atom has 12 neutrons in its nucleus, a *>Mg atom has 13 neutrons, and a 2°Mg has 14 neutrons.

Mass number — 4 2+— Charge 24 2+

He Mg

Atomic number — 2 1l
(often omitted)

Figure 2.4.4: The symbol for an atom indicates the element via its usual two-letter symbol, the mass number as a left superscript,
the atomic number as a left subscript (sometimes omitted), and the charge as a right superscript.

This diagram shows the symbol for helium, “H e.” The number to the upper left of the symbol is the mass number, which is 4. The
number to the upper right of the symbol is the charge which is positive 2. The number to the lower left of the symbol is the atomic
number, which is 2. This number is often omitted. Also shown is “M g” which stands for magnesium It has a mass number of 24, a
charge of positive 2, and an atomic number of 12.
Information about the naturally occurring isotopes of elements with atomic numbers 1 through 10 is given in Table 2.4.2. Note that
in addition to standard names and symbols, the isotopes of hydrogen are often referred to using common names and accompanying
symbols. Hydrogen-2, symbolized °H, is also called deuterium and sometimes symbolized D. Hydrogen-3, symbolized 3H, is also
called tritium and sometimes symbolized T.

Table 2.4.2: Nuclear Compositions of Atoms of the Very Light Elements

https://chem.libretexts.org/@go/page/472272



https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/472272?pdf

LibreTexts"

N f N f % N 1
Element Symbol Atomic Number umber o umber o Mass (amu) %o Natura
Protons Neutrons Abundance
H
1 1 1 0 1.0078 99.989
(protium)
|
hyd 1 1 1 2.0141 0.0115
ydrogen (deuterium)
3H
& 1 1 2 3.01605 — (trace)
(tritium)
$He 2 2 1 3.01603 0.00013
helium
iHe 2 2 2 4.0026 100
$Li 3 3 3 6.0151 7.59
lithium
TLi 3 3 4 7.0160 92.41
beryllium {Be 4 4 5 9.0122 100
B 5 5 5 10.0129 19.9
boron
B 5 5 6 11.0093 80.1
2c 6 6 6 12.0000 98.89
carbon Bc 6 6 7 13.0034 1.11
1“c 6 6 8 14.0032 — (trace)
“N 7 7 7 14.0031 99.63
nitrogen
N 7 7 8 15.0001 0.37
%o 8 8 8 15.9949 99.757
oxygen 7o 8 8 9 16.9991 0.038
20 8 8 10 17.9992 0.205
fluorine lgF 9 9 10 18.9984 100
Ne 10 10 10 19.9924 90.48
neon #Ne 10 10 11 20.9938 0.27
#Ne 10 10 12 21.9914 9.25

Atomic Mass

Because each proton and each neutron contribute approximately one amu to the mass of an atom, and each electron contributes far

less, the atomic mass of a single atom is approximately equal to its mass number (a whole number). However, the average masses

of atoms of most elements are not whole numbers because most elements exist naturally as mixtures of two or more isotopes.

The mass of an element shown in a periodic table or listed in a table of atomic masses is a weighted, average mass of all the

isotopes present in a naturally occurring sample of that element. This is equal to the sum of each individual isotope’s mass

multiplied by its fractional abundance.

average mass = E (fractional abundance X isotopic mass);

k2

https://chem.libretexts.org/@go/page/472272



https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/472272?pdf

LibreTexts"

For example, the element boron is composed of two isotopes: About 19.9% of all boron atoms are '°B with a mass of 10.0129 amu,
and the remaining 80.1% are !'B with a mass of 11.0093 amu. The average atomic mass for boron is calculated to be:

boron average mass = (0.199 x 10.0129 amu) + (0.801 x 11.0093 amu)
= 1.99 amu + 8.82 amu
= 10.81 amu

It is important to understand that no single boron atom weighs exactly 10.8 amu; 10.8 amu is the average mass of all boron atoms,
and individual boron atoms weigh either approximately 10 amu or 11 amu.

v/ Example 2.4.2: Calculation of Average Atomic Mass

A meteorite found in central Indiana contains traces of the noble gas neon picked up from the solar wind during the meteorite’s
trip through the solar system. Analysis of a sample of the gas showed that it consisted of 91.84% 2°Ne (mass 19.9924 amu),
0.47% 2'Ne (mass 20.9940 amu), and 7.69% 2’Ne (mass 21.9914 amu). What is the average mass of the neon in the solar
wind?

Solution

average mass = (0.9184 x 19.9924 amu) + (0.0047 x 20.9940 amu) + (0.0769 x 21.9914 amu)
= (18.36 + 0.099 + 1.69) amu
= 20.15 amu

The average mass of a neon atom in the solar wind is 20.15 amu. (The average mass of a terrestrial neon atom is 20.1796 amu.
This result demonstrates that we may find slight differences in the natural abundance of isotopes, depending on their origin.)

? Exercise 2.4.2

A sample of magnesium is found to contain 78.70% of 2*Mg atoms (mass 23.98 amu), 10.13% of 2>Mg atoms (mass 24.99
amuy), and 11.17% of Mg atoms (mass 25.98 amu). Calculate the average mass of a Mg atom.

Answer

24.31 amu

We can also do variations of this type of calculation, as shown in the next example.

v/ Example 2.4.3: Calculation of Percent Abundance

Naturally occurring chlorine consists of 3°Cl (mass 34.96885 amu) and 3’Cl (mass 36.96590 amu), with an average mass of
35.453 amu. What is the percent composition of Cl in terms of these two isotopes?

Solution

The average mass of chlorine is the fraction that is 3>Cl times the mass of 3>Cl plus the fraction that is 37Cl times the mass of
37CL

average mass = (fraction of ®Cl x mass of 3Cl) + (fraction of 3"Cl x mass of 37ClI)

If we let x represent the fraction that is 3°Cl, then the fraction that is 3’Cl is represented by 1.00 — x.

(The fraction that is 3°Cl + the fraction that is 3’Cl must add up to 1, so the fraction of 3’Cl must equal 1.00 — the fraction of
35
clL)

Substituting this into the average mass equation, we have:

35.453 amu = (z X 34.96885 amu) + [(1.00 — z) X 36.96590 amul]
35.453 = 34.96885zx 4 36.96590 — 36.96590x
1.99705z = 1.513
1.513
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| So solving yields: x = 0.7576, which means that 1.00 — 0.7576 = 0.2424. Therefore, chlorine consists of 75.76% 3°Cl and
24.24% %’Cl.

? Exercise 2.4.3

Naturally occurring copper consists of ®3Cu (mass 62.9296 amu) and ®°Cu (mass 64.9278 amu), with an average mass of
63.546 amu. What is the percent composition of Cu in terms of these two isotopes?

Answer

69.15% Cu-63 and 30.85% Cu-65
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Figure 2.4.5: Analysis of zirconium in a mass spectrometer produces a mass spectrum with peaks showing the different isotopes of
Zr.

The left diagram shows how a mass spectrometer works. The graph to the right of the spectrometer shows a mass spectrum of

zirconium. The relative abundance, as a percentage from 0 to 100, is graphed on the y axis, and the mass to charge ratio is graphed

on the x axis. The sample contains five different isomers of zirconium.
The occurrence and natural abundances of isotopes can be experimentally determined using an instrument called a mass
spectrometer. Mass spectrometry (MS) is widely used in chemistry, forensics, medicine, environmental science, and many other
fields to analyze and help identify the substances in a sample of material. In a typical mass spectrometer (Figure 2.4.5), the sample
is vaporized and exposed to a high-energy electron beam that causes the sample’s atoms (or molecules) to become electrically
charged, typically by losing one or more electrons. These cations then pass through a (variable) electric or magnetic field that
deflects each cation’s path to an extent that depends on both its mass and charge (similar to how the path of a large steel ball
bearing rolling past a magnet is deflected to a lesser extent that that of a small steel BB). The ions are detected, and a plot of the
relative number of ions generated versus their mass-to-charge ratios (a mass spectrum) is made. The height of each vertical feature
or peak in a mass spectrum is proportional to the fraction of cations with the specified mass-to-charge ratio. Since its initial use

of applications.
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Video 2.4.1: Watch this video from the Royal Society for Chemistry for a brief description of the rudiments of mass spectrometry.

Summary

An atom consists of a small, positively charged nucleus surrounded by electrons. The nucleus contains protons and neutrons; its
diameter is about 100,000 times smaller than that of the atom. The mass of one atom is usually expressed in atomic mass units
(amu), which is referred to as the atomic mass. An amu is defined as exactly 1/12 of the mass of a carbon-12 atom and is equal to
1.6605 x 1074 g.

Protons are relatively heavy particles with a charge of 1+ and a mass of 1.0073 amu. Neutrons are relatively heavy particles with no
charge and a mass of 1.0087 amu. Electrons are light particles with a charge of 1- and a mass of 0.00055 amu. The number of
protons in the nucleus is called the atomic number (Z) and is the property that defines an atom’s elemental identity. The sum of the
numbers of protons and neutrons in the nucleus is called the mass number and, expressed in amu, is approximately equal to the
mass of the atom. An atom is neutral when it contains equal numbers of electrons and protons.

Isotopes of an element are atoms with the same atomic number but different mass numbers; isotopes of an element, therefore, differ
from each other only in the number of neutrons within the nucleus. When a naturally occurring element is composed of several
isotopes, the atomic mass of the element represents the average of the masses of the isotopes involved. A chemical symbol
identifies the atoms in a substance using symbols, which are one-, two-, or three-letter abbreviations for the atoms.

Key Equations

e averagemass = ), (fractional abundance x isotopic mass);

Glossary

anion

negatively charged atom or molecule (contains more electrons than protons)

atomic mass

average mass of atoms of an element, expressed in amu

atomic mass unit (amu)

. . . . 1
(also, unified atomic mass unit, u, or Dalton, Da) unit of mass equal to o of the mass of a 12C atom

atomic number (Z)
number of protons in the nucleus of an atom

cation
positively charged atom or molecule (contains fewer electrons than protons)
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chemical symbol

one-, two-, or three-letter abbreviation used to represent an element or its atoms

Dalton (Da)

alternative unit equivalent to the atomic mass unit

fundamental unit of charge
(also called the elementary charge) equals the magnitude of the charge of an electron (e) with e = 1.602 x 107'° C

ion
electrically charged atom or molecule (contains unequal numbers of protons and electrons)

mass number (A)

sum of the numbers of neutrons and protons in the nucleus of an atom
unified atomic mass unit (u)

alternative unit equivalent to the atomic mass unit

o 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).

2.4: The Structure of The Atom is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.

e 2.4: Atomic Structure and Symbolism by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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2.5: Finding Patterns - The Periodic Law and the Periodic Table

4} Learning Objectives

e To become familiar with the organization of the periodic table.

Rutherford’s nuclear model of the atom helped explain why atoms of different elements exhibit different chemical behavior. The
identity of an element is defined by its atomic number (Z), the number of protons in the nucleus of an atom of the element. The
atomic number is therefore different for each element. The known elements are arranged in order of increasing Z in the periodic
table (Figure 2.5.1). The rationale for the peculiar format of the periodic table is explained later. Each element is assigned a unique
one-, two-, or three-letter symbol. The names of the elements are listed in the periodic table, along with their symbols, atomic
numbers, and atomic masses. The chemistry of each element is determined by its number of protons and electrons. In a neutral
atom, the number of electrons equals the number of protons.

Main group slements Wiain group elaments

Group

| 1< 13

1 ——Atomic pumber
Period -1 H——Symbol

W Aikali metals
B metals N Alkaline earths
z Semimetsls ‘ Halagens

E Nonmetals ‘ Nobie gases
Transition elements

Lanthanides

Actinides

Figure 2.5.1: The Periodic Table Showing the Elements in Order of Increasing Z. The metals are on the bottom left in the periodic

table, and the nonmetals are at the top right. The semimetals lie along a diagonal line separating the metals and nonmetals. An

interactive Periodic table can be found Periodic Table of the Elements, LibreTexts. (CC-BY-SA-NC 3.0; Anonymous via

LibreTexts)
The elements are arranged in a periodic table, which is probably the single most important learning aid in chemistry. It summarizes
huge amounts of information about the elements in a way that facilitates the prediction of many of their properties and chemical
reactions. The elements are arranged in seven horizontal rows, in order of increasing atomic number from left to right and top to
bottom. The rows are called periods, and they are numbered from 1 to 7. The elements are stacked in such a way that elements with
similar chemical properties form vertical columns, called groups, numbered from 1 to 18 (older periodic tables use a system based
on roman numerals). Groups 1, 2, and 13-18 are the main group elements, listed as A in older tables. Groups 3—12 are in the middle
of the periodic table and are the transition elements, listed as B in older tables. The two rows of 14 elements at the bottom of the
periodic table are the lanthanides and the actinides, whose positions in the periodic table are indicated in group 3.

Metals, Nonmetals, and Semimetals

The heavy orange zigzag line running diagonally from the upper left to the lower right through groups 13-16 in Figure 2.5.1 divides
the elements into metals (in blue, below and to the left of the line) and nonmetals (in bronze, above and to the right of the line).
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Gold-colored lements that lie along the diagonal line exhibit properties intermediate between metals and nonmetals; they are called
semimetals.

The distinction between metals and nonmetals is one of the most fundamental in chemistry. Metals—such as copper or gold—are
good conductors of electricity and heat; they can be pulled into wires because they are ductile; they can be hammered or pressed
into thin sheets or foils because they are malleable; and most have a shiny appearance, so they are lustrous. The vast majority of the
known elements are metals. Of the metals, only mercury is a liquid at room temperature and pressure; all the rest are solids.

Nonmetals, in contrast, are generally poor conductors of heat and electricity and are not lustrous. Nonmetals can be gases (such as
chlorine), liquids (such as bromine), or solids (such as iodine) at room temperature and pressure. Most solid nonmetals are brittle,
so they break into small pieces when hit with a hammer or pulled into a wire. As expected, semimetals exhibit properties
intermediate between metals and nonmetals.

v Example 2.5.1: Classifying Elements

Based on its position in the periodic table, do you expect selenium to be a metal, a nonmetal, or a semimetal?
Given: element

Asked for: classification

Strategy:

Find selenium in the periodic table shown in Figure 2.5.1 and then classify the element according to its location.
Solution:

The atomic number of selenium is 34, which places it in period 4 and group 16. In Figure 2.5.1, 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.

? Exercise 2.5.1

Based on its location in the periodic table, do you expect indium to be a nonmetal, a metal, or a semimetal?

Answer

metal

As previously noted, the periodic table is arranged so that elements with similar chemical behaviors are in the same group.
Chemists often make general statements about the properties of the elements in a group using descriptive names with historical
origins. For example, the elements of Group 1 are known as the alkali metals, Group 2 are the alkaline earth metals, Group 17 are
the halogens, and Group 18 are the noble gases.

Group 1: The Alkali Metals

The alkali metals are lithium, sodium, potassium, rubidium, cesium, and francium. Hydrogen is unique in that it is generally placed
in Group 1, but it is not a metal. The compounds of the alkali metals are common in nature and daily life. One example is table salt
(sodium chloride); lithium compounds are used in greases, in batteries, and as drugs to treat patients who exhibit manic-depressive,
or bipolar, behavior. Although lithium, rubidium, and cesium are relatively rare in nature, and francium is so unstable and highly
radioactive that it exists in only trace amounts, sodium and potassium are the seventh and eighth most abundant elements in Earth’s
crust, respectively.

Group 2: The Alkaline Earth Metals

The alkaline earth metals are beryllium, magnesium, calcium, strontium, barium, and radium. Beryllium, strontium, and barium are
rare, and radium is unstable and highly radioactive. In contrast, calcium and magnesium are the fifth and sixth most abundant
elements on Earth, respectively; they are found in huge deposits of limestone and other minerals.
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Group 17: The Halogens

The halogens are fluorine, chlorine, bromine, iodine, and astatine. The name halogen is derived from the Greek words for “salt
forming,” which reflects that all the halogens react readily with metals to form compounds, such as sodium chloride and calcium
chloride (used in some areas as road salt).

Compounds that contain the fluoride ion are added to toothpaste and the water supply to prevent dental cavities. Fluorine is also
found in Teflon coatings on kitchen utensils. Although chlorofluorocarbon propellants and refrigerants are believed to lead to the
depletion of Earth’s ozone layer and contain both fluorine and chlorine, the latter is responsible for the adverse effect on the ozone
layer. Bromine and iodine are less abundant than chlorine, and astatine is so radioactive that it exists in only negligible amounts in
nature.

Group 18: The Noble Gases

The noble gases are helium, neon, argon, krypton, xenon, and radon. Because the noble gases are composed of only single atoms,
they are called monatomic. At room temperature and pressure, they are unreactive gases. Because of their lack of reactivity, for
many years they were called inert gases or rare gases. However, the first chemical compounds containing the noble gases were
prepared in 1962. Although the noble gases are relatively minor constituents of the atmosphere, natural gas contains substantial
amounts of helium. Because of its low reactivity, argon is often used as an unreactive (inert) atmosphere for welding and in light
bulbs. The red light emitted by neon in a gas discharge tube is used in neon lights.

I The noble gases are unreactive at room temperature and pressure.

Summary

The periodic table is used as a predictive tool. It arranges of the elements in order of increasing atomic number. Elements that
exhibit similar chemistry appear in vertical columns called groups (numbered 1-18 from left to right); the seven horizontal rows
are called periods. Some of the groups have widely-used common names, including the alkali metals (Group 1) and the alkaline
earth metals (Group 2) on the far left, and the halogens (Group 17) and the noble gases (Group 18) on the far right. The elements
can be broadly divided into metals, nonmetals, and semimetals. Semimetals exhibit properties intermediate between those of metals
and nonmetals. Metals are located on the left of the periodic table, and nonmetals are located on the upper right. They are separated
by a diagonal band of semimetals. Metals are lustrous, good conductors of electricity, and readily shaped (they are ductile and
malleable), whereas solid nonmetals are generally brittle and poor electrical conductors. Other important groupings of elements in
the periodic table are the main group elements, the transition metals, the lanthanides, and the actinides.

2.5: Finding Patterns - The Periodic Law and the Periodic Table is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or
curated by LibreTexts.

e 2.5: The Periodic Table is licensed CC BY-NC-SA 3.0.
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2.6: The Average Mass of an Element’s Atoms

&) Learning Objectives

o to know the meaning of isotopes and atomic masses.

Atomic and Molecular Weights

The subscripts in chemical formulas, and the coefficients in chemical equations represent exact quantities. HyO, for example,
indicates that a water molecule comprises exactly two atoms of hydrogen and one atom of oxygen. The following equation:

C3Hg(g) +502(g) — 3CO2(g) +4H,0() (2.6.1)

not only tells us that propane reacts with oxygen to produce carbon dioxide and water, but that 1 molecule of propane reacts with 5
molecules of oxygen to produce 3 molecules of carbon dioxide and 4 molecules of water. Since counting individual atoms or
molecules is a little difficult, quantitative aspects of chemistry rely on knowing the masses of the compounds involved.

Atoms of different elements have different masses. Early work on the separation of water into its constituent elements (hydrogen
and oxygen) indicated that 100 grams of water contained 11.1 grams of hydrogen and 88.9 grams of oxygen:

100 grams Water — 11.1 grams Hydrogen + 88.9 grams Oxygen (2.6.2)

Later, scientists discovered that water was composed of two atoms of hydrogen for each atom of oxygen. Therefore, in the above
analysis, in the 11.1 grams of hydrogen there were twice as many atoms as in the 88.9 grams of oxygen. Therefore, an oxygen atom
must weigh about 16 times as much as a hydrogen atom:

88.9 g Ozygen

1 atom _
111 g Hydrogen ~— 16 (263)

2 atoms
Hydrogen, the lightest element, was assigned a relative mass of '1', and the other elements were assigned 'atomic masses' relative to
this value for hydrogen. Thus, oxygen was assigned an atomic mass of 16. We now know that a hydrogen atom has a mass of
1.6735 x 10> grams, and that the oxygen atom has a mass of 2.6561 X 1023 grams. As we saw earlier, it is convenient to use a
reference unit when dealing with such small numbers: the atomic mass unit. The atomic mass unit (@mu) was not standardized
against hydrogen, but rather, against the '2C isotope of carbon (amu = 12).

Thus, the mass of the hydrogen atom ('H) is 1.0080 amu, and the mass of an oxygen atom (*°0) is 15.995 amu. Once the masses
of atoms were determined, the amu could be assigned an actual value:

1 amu = 1.66054 x 104 grams conversely: 1 gram = 6.02214 x 10?3

amu

Mass Numbers and Atomic Mass of Elements:
[youtu.be]
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Average Atomic Mass

Although the masses of the electron, the proton, and the neutron are known to a high degree of precision (Table 2.3.1), the mass of
any given atom is not simply the sum of the masses of its electrons, protons, and neutrons. For example, the ratio of the masses of
'H (hydrogen) and ?H (deuterium) is actually 0.500384, rather than 0.49979 as predicted from the numbers of neutrons and protons
present. Although the difference in mass is small, it is extremely important because it is the source of the huge amounts of energy
released in nuclear reactions.

Because atoms are much too small to measure individually and do not have charges, there is no convenient way to accurately
measure absolute atomic masses. Scientists can measure relative atomic masses very accurately, however, using an instrument
called a mass spectrometer. The technique is conceptually similar to the one Thomson used to determine the mass-to-charge ratio of
the electron. First, electrons are removed from or added to atoms or molecules, thus producing charged particles called ions. When
an electric field is applied, the ions are accelerated into a separate chamber where they are deflected from their initial trajectory by
a magnetic field, like the electrons in Thomson’s experiment. The extent of the deflection depends on the mass-to-charge ratio of
the ion. By measuring the relative deflection of ions that have the same charge, scientists can determine their relative masses
(Figure 2.6.1). Thus it is not possible to calculate absolute atomic masses accurately by simply adding together the masses of the
electrons, the protons, and the neutrons, and absolute atomic masses cannot be measured, but relative masses can be measured very
accurately. It is actually rather common in chemistry to encounter a quantity whose magnitude can be measured only relative to
some other quantity, rather than absolutely. We will encounter many other examples later in this text. In such cases, chemists
usually define a standard by arbitrarily assigning a numerical value to one of the quantities, which allows them to calculate
numerical values for the rest.
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Figure 2.6.1: Determining Relative Atomic Masses Using a Mass Spectrometer. Chlorine consists of two isotopes, 35Ci and %7y, in
approximately a 3:1 ratio. (a) When a sample of elemental chlorine is injected into the mass spectrometer, electrical energy is used
to dissociate the Cl, molecules into chlorine atoms and convert the chlorine atoms to Cl1* ions. The ions are then accelerated into a
magnetic field. The extent to which the ions are deflected by the magnetic field depends on their relative mass-to-charge ratios.
Note that the lighter 35C1" ions are deflected more than the heavier *’Cl* ions. By measuring the relative deflections of the ions,
chemists can determine their mass-to-charge ratios and thus their masses. (b) Each peak in the mass spectrum corresponds to an ion
with a particular mass-to-charge ratio. The abundance of the two isotopes can be determined from the heights of the peaks.

A: Diagram of a mass spectrometer, showing analysis of gaseous chlorine. B: Mass spectrum of chlorine.
The arbitrary standard that has been established for describing atomic mass is the atomic mass unit (amu or u), defined as one-
twelfth of the mass of one atom of 12C. Because the masses of all other atoms are calculated relative to the ?C standard, '*C is the
only atom listed in Table 2.3.2 whose exact atomic mass is equal to the mass number. Experiments have shown that 1 amu = 1.66 x

10724 g,
Mass spectrometric experiments give a value of 0.167842 for the ratio of the mass of H to the mass of °C, so the absolute mass
of ?H is
mass of 2H 12
———~ X mass of “C = 0.167842 x 12 amu = 2.104104 amu (2.6.4)
mass of ~“C

The masses of the other elements are determined in a similar way.
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The periodic table lists the atomic masses of all the elements. Comparing these values with those given for some of the isotopes in
Table 2.3.2 reveals that the atomic masses given in the periodic table never correspond exactly to those of any of the isotopes.
Because most elements exist as mixtures of several stable isotopes, the atomic mass of an element is defined as the weighted
average of the masses of the isotopes. For example, naturally occurring carbon is largely a mixture of two isotopes: 98.89% 2C
(mass = 12 amu by definition) and 1.11% 3C (mass = 13.003355 amu). The percent abundance of C is so low that it can be
ignored in this calculation. The average atomic mass of carbon is then calculated as follows:

(0.9889 x 12 amu) + (0.0111 x 13.003355 amu) = 12.01 amu (2.6.5)
Carbon is predominantly 1°C, so its average atomic mass should be close to 12 amu, which is in agreement with this calculation.

The value of 12.01 is shown under the symbol for C in the periodic table, although without the abbreviation amu, which is
customarily omitted. Thus the tabulated atomic mass of carbon or any other element is the weighted average of the masses of the
naturally occurring isotopes.

v/ Example 2.6.1: Bromine

Naturally occurring bromine consists of the two isotopes listed in the following table:

Solutions to Example 2.4.1

Isotope Exact Mass (amu) Percent Abundance (%)
"Br 78.9183 50.69
81Br 80.9163 49.31

Calculate the atomic mass of bromine.
Given: exact mass and percent abundance
Asked for: atomic mass

Strategy:

A. Convert the percent abundances to decimal form to obtain the mass fraction of each isotope.

B. Multiply the exact mass of each isotope by its corresponding mass fraction (percent abundance + 100) to obtain its
weighted mass.

C. Add together the weighted masses to obtain the atomic mass of the element.

D. Check to make sure that your answer makes sense.

Solution:
A The atomic mass is the weighted average of the masses of the isotopes. In general, we can write

atomic mass of element = [(mass of isotope 1 in amu) (mass fraction of isotope 1)] + [(mass of isotope 2) (mass fraction of
isotope 2)] + ...

Bromine has only two isotopes. Converting the percent abundances to mass fractions gives

50.69

PBr: — =0.
I 00 0.5069
49.31
81Br: —— —0.4931
T 50 0.493

B Multiplying the exact mass of each isotope by the corresponding mass fraction gives the isotope’s weighted mass:
"Br : 79.9183 amu x 0.5069 = 40.00 amu
81Br : 80.9163 amu x 0.4931 = 39.90 amu

C The sum of the weighted masses is the atomic mass of bromine is

40.00 amu + 39.90 amu = 79.90 amu
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D This value is about halfway between the masses of the two isotopes, which is expected because the percent abundance of
each is approximately 50%.

? Exercise 2.6.1

Magnesium has the three isotopes listed in the following table:

Solutions to Example 2.4.1

Isotope Exact Mass (amu) Percent Abundance (%)
24Mg 23.98504 78.70
BMg 24.98584 10.13
Mg 25.98259 11.17

Use these data to calculate the atomic mass of magnesium.

Answer

24.31 amu

Finding the Averaged Atomic Weight of an Element:

[youtu.be]

Summary

The mass of an atom is a weighted average that is largely determined by the number of its protons and neutrons, whereas the
number of protons and electrons determines its charge. Each atom of an element contains the same number of protons, known as
the atomic number (Z). Neutral atoms have the same number of electrons and protons. Atoms of an element that contain different
numbers of neutrons are called isotopes. Each isotope of a given element has the same atomic number but a different mass number
(A), which is the sum of the numbers of protons and neutrons. The relative masses of atoms are reported using the atomic mass unit
(amu), which is defined as one-twelfth of the mass of one atom of carbon-12, with 6 protons, 6 neutrons, and 6 electrons. The
atomic mass of an element is the weighted average of the masses of the naturally occurring isotopes. When one or more electrons
are added to or removed from an atom or molecule, a charged particle called an ion is produced, whose charge is indicated by a
superscript after the symbol.
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2.7: Molar Mass - Counting Atoms by Weighing Them

4b Learning Objectives

Make sure you thoroughly understand the following essential ideas:

o Define Avogadro's number and explain why it is important to know.

o 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.

o Define molecular weight, formula weight, and molar mass; explain how the latter differs from the first two.

o Be able to find the number of atoms or molecules in a given weight of a substance.

o Find the molar volume of a solid or liquid, given its density and molar mass.

o 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:
N4 = 6.022141527 x 10%. (2.7.1)
However, you only need to know it to three significant figures:
N ~6.02 x 103, (2.7.2)

So 6.02 x 10% of what? Well, of anything you like: apples, stars in the sky, burritos. However, the only practical use for N4 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 6.02 x 1023 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.

v/ Example 2.7.1: Mass ratio from atomic weights

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

Solution
Atomic weights represent the relative masses of different kinds of atoms. This means that the atom of oxygen has a mass that is

16
1600 _ 4 133
124 3
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l as great as the mass of a carbon atom.

v/ Example 2.7.2: Mass of a single atom

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

Solution
The absolute mass of a carbon atom is 12.0 ¢ or

1.6605 x 1024 ¢
1w

The mass of the oxygen atom will be 4/3 greater (from Example 2.7.1):

12 o x =1.99 x 102 g (per carbon atom)

4
(E) 1.99 x 1023 g = 2.66 x 1072 g (per oxygen atom)

Alternatively we can do the calculation directly like with carbon:

1.6605 x 1072 ¢

9% = 2.66 x 1072 g (per oxygen atom)

16 u x

v/ Example 2.7.3: Relative masses from atomic weights

Suppose that we have N carbon atoms, where N 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, N, of oxygen atoms weigh?

Solution
We use the results from Example 2.7.1 again. The collection of N oxygen atoms would have a mass of

%x 12g=16.0g.

? Exercise 2.7.1

What is the numerical value of N in Example 2.7.3?
Answer
Using the results of Examples 2.7.2 and 2.7.3.
N x 1.99 x 102 g (per carbon atom) = 12¢g

or

12 ¢

N= o = 6.03 x 10%atoms
1.99 x 10 g (per carbon atom)

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

o Itis a number, just as is "dozen", and thus is dimensionless.

o It is a huge number, far greater in magnitude than we can visualize

o Its practical use is limited to counting tiny things like atoms, molecules, "formula units", electrons, or photons.

o The value of N4 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.
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e 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:

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

o 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 N4 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:

# Definition: The Mole

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 2.7.2) like any pure number, is dimensionless. However, it also defines the mole, so we can also
express N, as 6.02 x 10%3 mol™'; 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".

v/ Example 2.7.4: number of moles in N particles

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

Solution

80 atoms

= = 1.33 x 107*mol
6.02 x 10* atoms mol—1

Is this answer reasonable? Yes, because 80 is an extremely small fraction of N4.

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 C!? 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 .

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.

v/ Example 2.7.5: Boron content of borax

Borax is the common name of sodium tetraborate, NasB4O7.

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
The formula weight of Na;B4O so the molecular weight is:

(2 x 23.0) + (4 x 10.8) + (7 x 16.0) = 201.2
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a. 20 g of borax contains (20.0 g) + (201 g mol™") = 0.10 mol of borax, and thus 0.40 mel of B.
b. 0.40 mol of boron has a mass of (0.40 mol) x (10.8 g mol™") = 4.3 g.

v/ Example 2.7.6: Magnesium in chlorophyll

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 ") = 0.00110 mol
o Number of atoms: (0.00110 mol) x (6.02E23 mol!) = 6.64 x 102°

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.

v Example 2.7.7: Molar Volume of a Liquid

Methanol, CH;0H, 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

_ 32¢g mol™!

=227 _0.0405 L mol
Vu 790 g I 0.0405 L mo

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.

v/ Example 2.7.8: Radius of a Strontium Atom

The density of metallic strontium is 2.60 g cm™. Use this value to estimate the radius of the atom of Sr, whose atomic weight
is 87.6.
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Solution

The molar volume of Sr is:

87.6 g mol~! 8
The volume of each "box" is"
3 -1
3T om mol™  _ ;13 x 102 cm? (2.7.4)
6.02 x 10% mol!

The side length of each box will be the cube root of this value, 3.79 x 108 em. The atomic radius will be half this value, or
1.9 x 108 em = 1.9 x 1079 m = 190pm (2.7.5)

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 ¥’ 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 54 x 1072, for example. Since 33=27 and 4> = 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 x 1078.

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

2.7: Molar Mass - Counting Atoms by Weighing Them is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
LibreTexts.

e 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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3.1: Chemical Bonds

Chemical bonds form when electrons can be simultaneously close to two or more nuclei, but beyond this, there is no simple, easily
understood theory that would not only explain why atoms bind together to form molecules, but would also predict the three-
dimensional structures of the resulting compounds as well as the energies and other properties of the bonds themselves.
Unfortunately, no one theory exists that accomplishes these goals in a satisfactory way for all of the many categories of compounds
that are known. Moreover, it seems likely that if such a theory does ever come into being, it will be far from simple.

When we are faced with a scientific problem of this complexity, experience has shown that it is often more useful to concentrate
instead on developing models. A scientific model is something like a theory in that it should be able to explain observed
phenomena and to make useful predictions. But whereas a theory can be discredited by a single contradictory case, a model can be
useful even if it does not encompass all instances of the phenomena it attempts to explain. We do not even require that a model be a
credible representation of reality; all we ask is that be able to explain the behavior of those cases to which it is applicable in terms
that are consistent with the model itself. An example of a model that you may already know about is the kinetic molecular theory of
gases. Despite its name, this is really a model (at least at the level that beginning students use it) because it does not even try to
explain the observed behavior of real gases. Nevertheless, it serves as a tool for developing our understanding of gases, and as a
starting point for more elaborate treatments.

Given the extraordinary variety of ways in which atoms combine into aggregates, it should come as no surprise that a number of
useful bonding models have been developed. Most of them apply only to certain classes of compounds, or attempt to explain only a
restricted range of phenomena. In this section we will provide brief descriptions of some of the bonding models; the more
important of these will be treated in much more detail in later parts of this chapter.

lonic Bonding

Ever since the discovery early in the 19th century that solutions of salts and other electrolytes conduct electric current, there has
been general agreement that the forces that hold atoms together must be electrical in nature. Electrolytic solutions contain ions
having opposite electrical charges, opposite charges attract, so perhaps the substances from which these ions come consist of
positive and negatively charged atoms held together by electrostatic attraction.

It turns out that this is not true generally, but a model built on this assumption does a fairly good job of explaining a rather small
but important class of compounds that are called ionic solids. The most well known example of such a compound is sodium
chloride, which consists of two interpenetrating lattices of Na* and CI- ions arranged in such as way that every ion of one type is
surrounded (in three dimensional space) by six ions of opposite charge.

The main limitation of this model is that it applies really well only to the small class of solids composed of Group 1 and 2 elements
with highly electronegative elements such as the halogens. Although compounds such as CuCl, dissociate into ions when they
dissolve in water, the fundamental units making up the solid are more like polymeric chains of covalently-bound CuCl, molecules
that have little ionic character.

According to the ionic electrostatic model, solids such as NaCl consist of positive and negative ions arranged in a crystal lattice.
Each ion is attracted to neighboring ions of opposite charge, and is repelled by ions of like charge; this combination of attractions
and repulsions, acting in all directions, causes the ion to be tightly fixed in its own location in the crystal lattice.

Since electrostatic forces are nondirectional, the structure of an ionic solid is determined purely by geometry: two kinds of ions,
each with its own radius, will fall into whatever repeating pattern will achieve the lowest possible potential energy. Surprisingly,
there are only a small number of possible structures
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Covalent Bonding

This model originated with the theory developed by G.N. Lewis in 1916, and it remains the most widely-used model of chemical
bonding. The essential element s of this model can best be understood by examining the simplest possible molecule. This is the
hydrogen molecule ion H,*, which consists of two nuclei and one electron.

First, however, think what would happen if we tried to make the even simpler molecule H,?*. Since this would consist only of two
protons whose electrostatic charges would repel each other at all distances, it is clear that such a molecule cannot exist; something
more than two nuclei are required for bonding to occur.

In the hydrogen molecule ion Hy* we have a third particle, an electron. The effect of this electron will depend on its location with
respect to the two nuclei. If the electron is in the space between the two nuclei, it will attract both protons toward itself, and thus
toward each other. If the total attraction energy exceeds the internuclear repulsion, there will be a net bonding effect and the
molecule will be stable. If, on the other hand, the electron is off to one side, it will attract both nuclei, but it will attract the closer
one much more strongly, owing to the inverse-square nature of Coulomb's law. As a consequence, the electron will now help the
electrostatic repulsion to push the two nuclei apart.

We see, then, that the electron is an essential component of a chemical bond, but that it must be in the right place: between the two
nuclei. Coulomb's law can be used to calculate the forces experienced by the two nuclei for various positions of the electron. This
allows us to define two regions of space about the nuclei, as shown in the figure. One region, the binding region, depicts locations
at which the electron exerts a net binding effect on the new nuclei. Outside of this, in the antibinding region, the electron will
actually work against binding.

This simple picture illustrates the number one rule of chemical bonding: chemical bonds form when electrons can be
simultaneously close to two or more nuclei. It should be pointed out that this principle applies also to the ionic model; as will be
explained later in this chapter, the electron that is "lost" by a positive ion ends up being closer to more nuclei (including the one
from whose electron cloud it came) in the compound.

¢ The polar covalent model: A purely covalent bond can only be guaranteed when the electronegativities (electron-attracting
powers) of the two atoms are identical. When atoms having different electronegativities are joined, the electrons shared between
them will be displaced toward the more electronegative atom, conferring a polarity on the bond which can be described in terms
of percent ionic character. The polar covalent model is thus an generalization of covalent bonding to include a very wide range
of behavior.

¢ The Coulombic model: This is an extension of the ionic model to compounds that are ordinarily considered to be non-ionic.
Combined hydrogen is always considered to exist as the hydride ion H, so that methane can be treated as if it were C** H™,
This is not as bizarre as it might seem at first if you recall that the proton has almost no significant size, so that it is essentially
embedded in an electron pair when it is joined to another atom in a covalent bond. This model, which is not as well known as it
deserves to be, has considerable predictive power, both as to bond energies and structures.

explaining the shapes of molecules. It is based on the quantum mechanical view that bonds represent electron clouds- physical
regions of negative electric charge that repel each other and thus try to stay as far apart as possible.

Summary

The covalent bond is formed when two atoms are able to share electrons:

As o+ Be — AZEB

whereas the ionic bond is formed when the "sharing" is so unequal that an electron from atom A is completely lost to atom B,
resulting in a pair of ions:

A+ Be — AT ZB-

The two extremes of electron sharing represented by the covalent and ionic models appear to be generally consistent with the
observed properties of molecular and ionic solids and liquids. But does this mean that there are really two kinds of chemical bonds,
ionic and covalent?
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3.2: An Atomic-Level Perspective of Elements and Compounds

4b Learning Objectives

e Define ionic and molecular (covalent) compounds
e Predict the type of compound formed from elements based on their location within the periodic table
o 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 3.2.1).

MNucleus
(11 protons,
12 neutrons)

Mucleus
(11 protons,
12 neutrons)

11 electrons 10 electrons

Na atom Na* ion
(@) (b)
Figure 3.2.1: (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 Ca>*. The name
of a metal ion is the same as the name of the metal atom from which it forms, so Ca?" 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 3.2.2). Moving from the far left to 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
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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.

=
o
E Group Periodic Table of the Elements
1 18
1 He
[— 5 13 14 15 i& 17
2| Li* |Be?* cr+ || N>+ | 0> || F || Ne
3| Na* |mg?t AR* P3| s | cI|| Ar
3 4 5 6 7 8 9 do ‘A4 248
| | r3+ | F 2+ | + | |
4, k* |ca? ng M"2+i F:3+ Co?*| NiZ* gl:'2+ Zn?* As¥|| se?” Brr | Kr
5/ Rb* | sr?t Agt | cd?t Te? || I~ || Xe
] [ Au® ||Hg2* .
6 + | 2+ 4 2
Cs .Ba . PE Au3*| Hg2* At || Rn
7| Fr* |Ra?*

Figure 3.2.2: 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.

v/ Example 3.2.1: Composition of lons

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*,

? Exercise 3.2.1

Give the symbol and name for the ion with 34 protons and 36 electrons.

Answer

SeZ”, the selenide ion

v/ Example 3.2.2: Formation of lons

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

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
Mg?*, and it is called a magnesium ion.
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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.

? Exercise 3.2.2

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

Al will form a cation with a charge of 3+: AI**, an aluminum ion. Carbon will form an anion with a charge of 4-—: C*", a
carbide ion.

The ions that we have discussed so far are called monatomic ions, that is, they are ions formed from only one atom. We also find
many polyatomic ions. These ions, which act as discrete units, are electrically charged molecules (a group of bonded atoms with an
overall charge). Some of the more important polyatomic ions are listed in Table 3.2.1. Oxyanions are polyatomic ions that contain
one or more oxygen atoms. At this point in your study of chemistry, you should memorize the names, formulas, and charges of the
most common polyatomic ions. Because you will use them repeatedly, they will soon become familiar.

Table 3.2.1: Common Polyatomic Ions
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Name Formula Related Acid Formula
ammonium NH,*
hydronium H;0*
oxide 0%
peroxide 0,2
hydroxide OH~
acetate CH3COO~ acetic acid CH;COOH
cyanide CN~ hydrocyanic acid HCN
azide N3~ hydrazoic acid HNj;
carbonate CO3?~ carbonic acid H,CO;
bicarbonate HCO;~
nitrate NO3~ nitric acid HNO;
nitrite NO,™ nitrous acid HNO,
sulfate 8042 sulfuric acid H,S04
hydrogen sulfate HSO4~
sulfite S052~ sulfurous acid H,S0;
hydrogen sulfite HSO3~
phosphate PO~ phosphoric acid H;3PO,
hydrogen phosphate HPO,*-
dihydrogen phosphate HoPO4~
perchlorate ClO4~ perchloric acid HClO,
chlorate ClO5~ chloric acid HCIO;
chlorite ClO,~ chlorous acid HCIO,
hypochlorite Clo~ hypochlorous acid HCIO
chromate CrO,42~ chromic acid H,CrOy4
dichromate Cry042 dichromic acid H,Cr,07
permanganate MnO4~ permanganic acid HMnO,

Note that there is a system for naming some polyatomic ions; -ate and -ite are suffixes designating polyatomic ions containing
more or fewer oxygen atoms. Per- (short for “hyper”) and hypo- (meaning “under”) are prefixes meaning more oxygen atoms than
-ate and fewer oxygen atoms than -ite, respectively. For example, perchlorate is ClO4~, chlorate is ClO3~, chlorite is ClO,~ and
hypochlorite is CIO™. Unfortunately, the number of oxygen atoms corresponding to a given suffix or prefix is not consistent; for
example, nitrate is NO3~ while sulfate is SO42~. This will be covered in more detail in the next module on nomenclature.

The nature of the attractive forces that hold atoms or ions together within a compound is the basis for classifying chemical bonding.
When electrons are transferred and ions form, ionic bonds result. Ionic bonds are electrostatic forces of attraction, that is, the
attractive forces experienced between objects of opposite electrical charge (in this case, cations and anions). When electrons are
“shared” and molecules form, covalent bonds result. Covalent bonds are the attractive forces between the positively charged nuclei
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of the bonded atoms and one or more pairs of electrons that are located between the atoms. Compounds are classified as ionic or
molecular (covalent) on the basis of the bonds present in them.

lonic Compounds

When an element composed of atoms that readily lose electrons (a metal) reacts with an element composed of atoms that readily
gain electrons (a nonmetal), a transfer of electrons usually occurs, producing ions. The compound formed by this transfer is
stabilized by the electrostatic attractions (ionic bonds) between the ions of opposite charge present in the compound. For example,
when each sodium atom in a sample of sodium metal (group 1) gives up one electron to form a sodium cation, Na*, and each
chlorine atom in a sample of chlorine gas (group 17) accepts one electron to form a chloride anion, CI~, the resulting compound,
NaCl, is composed of sodium ions and chloride ions in the ratio of one Na* ion for each Cl~ ion. Similarly, each calcium atom
(group 2) can give up two electrons and transfer one to each of two chlorine atoms to form CaCl, which is composed of Ca®* and
Cl” ions in the ratio of one Ca®" ion to two Cl~ ions.

A compound that contains ions and is held together by ionic bonds is called an ionic compound. The periodic table can help us
recognize many of the compounds that are ionic: When a metal is combined with one or more nonmetals, the compound is usually
ionic. This guideline works well for predicting ionic compound formation for most of the compounds typically encountered in an
introductory chemistry course. However, it is not always true (for example, aluminum chloride, AlCl3, is not ionic).

You can often recognize ionic compounds because of their properties. Ionic compounds are solids that typically melt at high
temperatures and boil at even higher temperatures. For example, sodium chloride melts at 801 °C and boils at 1413 °C. (As a
comparison, the molecular compound water melts at 0 °C and boils at 100 °C.) In solid form, an ionic compound is not electrically
conductive because its ions are unable to flow (“electricity” is the flow of charged particles). When molten, however, it can conduct
electricity because its ions are able to move freely through the liquid (Figure 3.2.3).

Figure 3.2.3: Sodium chloride melts at 801 °C and conducts electricity when molten. (credit: modification of work by Mark Blaser
and Matt Evans)

This figure shows three photos connected by right-facing arrows. The first shows a light bulb as part of a complex lab equipment

setup. The light bulb is not lit. The second photo shows a substances being heated or set on fire. The third shows the light bulb

again which is lit.
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.

v/ Example 3.2.3: Predicting the Formula of an lonic Compound

The gemstone sapphire (Figure 3.2.4) is mostly a compound of aluminum and oxygen that contains aluminum cations, Al3*,
and oxygen anions, O?~. What is the formula of this compound?
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Figure 3.2.4: Although pure aluminum oxide is colorless, trace amounts of iron and titanium give blue sapphire its
characteristic color. (credit: modification of work by Stanislav Doronenko)

Solution Because the ionic compound must be electrically neutral, it must have the same number of positive and negative
charges. Two aluminum ions, each with a charge of 3+, would give us six positive charges, and three oxide ions, each with a
charge of 2—, would give us six negative charges. The formula would be Al;Os.

? Exercise 3.2.3
Predict the formula of the ionic compound formed between the sodium cation, Na*, and the sulfide anion, S,

Answer

NaZS

Many ionic compounds contain polyatomic ions (Table 3.2.1) as the cation, the anion, or both. As with simple ionic compounds,
these compounds must also be electrically neutral, so their formulas can be predicted by treating the polyatomic ions as discrete
units. We use parentheses in a formula to indicate a group of atoms that behave as a unit. For example, the formula for calcium
phosphate, one of the minerals in our bones, is Ca3(PO,),. This formula indicates that there are three calcium ions (Ca%*) for every
two phosphate (PO,3~) groups. The PO,*~ groups are discrete units, each consisting of one phosphorus atom and four oxygen
atoms, and having an overall charge of 3—. The compound is electrically neutral, and its formula shows a total count of three Ca,
two P, and eight O atoms.

v/ Example 3.2.4: Predicting the Formula of a Compound with a Polyatomic Anion

Baking powder contains calcium dihydrogen phosphate, an ionic compound composed of the ions Ca?* and H,PO,~. What is
the formula of this compound?

Solution

The positive and negative charges must balance, and this ionic compound must be electrically neutral. Thus, we must have two
negative charges to balance the 2+ charge of the calcium ion. This requires a ratio of one Ca?* ion to two HyPO,~ ions. We
designate this by enclosing the formula for the dihydrogen phosphate ion in parentheses and adding a subscript 2. The formula
is Ca(H,PO,),.

? Exercise 3.2.4

Predict the formula of the ionic compound formed between the lithium ion and the peroxide ion, O22~ (Hint: Use the periodic
table to predict the sign and the charge on the lithium ion.)

Answer

Liy Oy

Because an ionic compound is not made up of single, discrete molecules, it may not be properly symbolized using a molecular
formula. Instead, ionic compounds must be symbolized by a formula indicating the relative numbers of its constituent ions. For
compounds containing only monatomic ions (such as NaCl) and for many compounds containing polyatomic ions (such as CaSQy),
these formulas are just the empirical formulas introduced earlier in this chapter. However, the formulas for some ionic compounds
containing polyatomic ions are not empirical formulas. For example, the ionic compound sodium oxalate is comprised of Na* and
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C,04%~ ions combined in a 2:1 ratio, and its formula is written as NayC,04. The subscripts in this formula are not the smallest-
possible whole numbers, as each can be divided by 2 to yield the empirical formula, NaCO,. This is not the accepted formula for
sodium oxalate, however, as it does not accurately represent the compound’s polyatomic anion, CoQ4%.

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. Shades of gray exist between ionic and molecular compounds, and you’ll learn more about those later.

v Example 3.2.5: Predicting the Type of Bonding in Compounds

Predict whether the following compounds are ionic or molecular:

a. KI, the compound used as a source of iodine in table salt
b. H,0,, the bleach and disinfectant hydrogen peroxide

c. CHCl5, the anesthetic chloroform

d. Li,COg, 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; H>O; 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; CHClIj3 is
predicted to be molecular.
d. Lithium (group 1) is a metal, and carbonate is a polyatomic ion; Li,COs5 is predicted to be ionic.

? Exercise 3.2.5

Using the periodic table, predict whether the following compounds are ionic or covalent:

d. SOZ
b. CaF,
c. NoHy
d. Alx(SO4)3
Answer a
molecular
Answer b
ionic
Answer ¢
molecular
Answer d

ionic
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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).

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

3.2: An Atomic-Level Perspective of Elements and Compounds is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or
curated by LibreTexts.

¢ 2.7: Molecular and Ionic Compounds by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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3.3: lonic Compounds- Formulas and Names
6.9: Binary Ionic Compounds and Their Properties

6.18: Tonic Compounds Containing Polyatomic Ions

Learning Objectives

o Derive names for common types of inorganic compounds using a systematic approach

Nomenclature, a collection of rules for naming things, is important in science and in many other situations. This module describes
an approach that is used to name simple ionic and molecular compounds, such as NaCl, CaCO3, and N,O,4. The simplest of these
are binary compounds, those containing only two elements, but we will also consider how to name ionic compounds containing
polyatomic ions, and one specific, very important class of compounds known as acids (subsequent chapters in this text will focus
on these compounds in great detail). We will limit our attention here to inorganic compounds, compounds that are composed

compounds, in which carbon is the principle element, will be treated in a later chapter on organic chemistry.

lonic 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.

Compounds Containing Only Monatomic lons

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 3.3.2.

Table 3.3.1: Names of Some Ionic Compounds

NaCl, sodium chloride Na,0, sodium oxide
KBr, potassium bromide CdS, cadmium sulfide
Caly, calcium iodide Mg3N,, magnesium nitride
CsF, cesium fluoride Ca3Py, calcium phosphide
LiCl, lithium chloride Al4C3, aluminum carbide

Compounds Containing Polyatomic lons

Compounds containing polyatomic ions are named similarly to those containing only monatomic ions, except there is no need to
change to an —ide ending, since the suffix is already present in the name of the anion. Examples are shown in Table 3.3.2.

CL, ammonium chloride, C a S O subscript 4 calcium sulfate, and M g subscript 3 ( P O subscript 4 ) subscript 2 magnesium
phosphate." data-quail-id="56" data-mt-width="1071">

Table 3.3.2: Names of Some Polyatomic Ionic Compounds

KC,H;0,, potassium acetate (NH,)Cl, ammonium chloride
NaHCOs, sodium bicarbonate CaSOQy, calcium sulfate
Al>(CO3)3, aluminum carbonate Mg3(POy),, magnesium phosphate
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lonic Compounds in Your Cabinets

Every day you encounter and use a large number of ionic compounds. Some of these compounds, where they are found, and
what they are used for are listed in Table. Look at the label or ingredients list on the various products that you use during the
next few days, and see if you run into any of those in this table, or find other ionic compounds that you could now name or
write as a formula.
Everyday Ionic Compounds
Ionic Compound Use
NaCl, sodium chloride ordinary table salt
KI, potassium iodide added to “iodized” salt for thyroid health
NaF, sodium fluoride ingredient in toothpaste
NaHCO3, sodium bicarbonate baking soda; used in cooking (and as antacid)
NayCO3, sodium carbonate washing soda; used in cleaning agents
NaOCl, sodium hypochlorite active ingredient in household bleach
CaCOs3 calcium carbonate ingredient in antacids
Mg(OH);, magnesium hydroxide ingredient in antacids
Al(OH)3, aluminum hydroxide ingredient in antacids
NaOH, sodium hydroxide lye; used as drain cleaner
K3POy, potassium phosphate food additive (many purposes)
MgSOy4, magnesium sulfate added to purified water
Na,HPO,, sodium hydrogen phosphate anti-caking agent; used in powdered products
Na,S03, sodium sulfite preservative

Compounds Containing a Metal lon 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+ (see [link]), and the two corresponding compound formulas are FeCl, and FeCl;. 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 3.3.3.

Table 3.3.3: Names of Some Transition Metal Ionic Compounds

Transition Metal Ionic Compound Name
FeCl3 iron(I1I) chloride
Hg,O mercury(T) oxide
HgO mercury(Il) oxide
Cu3(POy)> copper(II) phosphate
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Out-of-date nomenclature used the suffixes —ic and —ous to designate metals with higher and lower charges, respectively: Iron(III)
chloride, FeCls, was previously called ferric chloride, and iron(Il) chloride, FeCly, was known as ferrous chloride. Though this
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 SnF;, which is more
properly named tin(IT) fluoride. The other fluoride of tin is SnF4, which was previously called stannic fluoride but is now named
tin(TV) fluoride.

Naming lonic Compounds

Name the following ionic compounds, which contain a metal that can have more than one ionic charge:

d. Fe253

b. CuSe

c. GaN

d. CrCls

e. Ti5(S0,);3

Solution

The anions in these compounds have a fixed negative charge (S?7, Se?”, N37, CI", and SO42"), 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*, Cu?*, Ga3*, Cr#*, and Ti3*. These charges are used in the names of the metal ions:

a. iron(III) sulfide

b. copper(Il) selenide

c. gallium(IIT) nitride

d. chromium(III) chloride
e. titanium(IIT) sulfate

Exercise 3.3.1

Write the formulas of the following ionic compounds:

1. (a) chromium(III) phosphide
2. (b) mercury(I) sulfide

3. (c) manganese(II) phosphate
4. (d) copper(I) oxide

5. (e) chromium(VT) fluoride

Answer
(a) CrP; (b) HgS; (c) Mn3(PO4),; (d) Cuz0; (e) CrFe

Summary

Chemists use nomenclature rules to clearly name compounds. Ionic and molecular compounds are named using somewhat-different
methods. Binary ionic compounds typically consist of a metal and a nonmetal. The name of the metal is written first, followed by
the name of the nonmetal with its ending changed to —ide. For example, K,O is called potassium oxide. If the metal can form ions
with different charges, a Roman numeral in parentheses follows the name of the metal to specify its charge. Thus, FeCl; is iron(II)
chloride and FeClj is iron(III) chloride. Some compounds contain polyatomic ions; the names of common polyatomic ions should
be memorized. Molecular compounds can form compounds with different ratios of their elements, so prefixes are used to specify
the numbers of atoms of each element in a molecule of the compound. Examples include SFg, sulfur hexafluoride, and N,Oy,,
dinitrogen tetroxide. Acids are an important class of compounds containing hydrogen and having special nomenclature rules.
Binary acids are named using the prefix hydro-, changing the —ide suffix to —ic, and adding “acid;” HCI is hydrochloric acid.
Oxyacids are named by changing the ending of the anion to —ic, and adding “acid;” H,COj is carbonic acid.
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3.4: Molecular Compounds- Formulas and Names

Learning Objectives

¢ Derive names for common types of inorganic compounds using a systematic approach

The bonding characteristics of inorganic molecular compounds are different from ionic compounds, and they are named using a
different system as well. The charges of cations and anions dictate their ratios in ionic compounds, so specifying the names of the
ions provides sufficient information to determine chemical formulas. However, because covalent bonding allows for significant
variation in the combination ratios of the atoms in a molecule, the names for molecular compounds must explicitly identify these
ratios.

Compounds Composed of Two Elements

When two nonmetallic elements form a molecular compound, several combination ratios are often possible. For example, carbon
and oxygen can form the compounds CO and CO». Since these are different substances with different properties, they cannot both
have the same name (they cannot both be called carbon oxide). To deal with this situation, we use a naming method that is
somewhat similar to that used for ionic compounds, but with added prefixes to specify the numbers of atoms of each element. The
name of the more metallic element (the one farther to the left and/or bottom of the periodic table) is first, followed by the name of
the more nonmetallic element (the one farther to the right and/or top) with its ending changed to the suffix —ide. The numbers of
atoms of each element are designated by the Greek prefixes shown in Table 3.4.3.

Table 3.4.3: Nomenclature Prefixes
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When only one atom of the first element is present, the prefix mono- is usually deleted from that part. Thus, CO is named carbon

monoxide, and CO, is called carbon dioxide. When two vowels are adjacent, the a in the Greek prefix is usually dropped. Some
other examples are shown in Table 3.4.4.
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Table 3.4.4: Names of Some Molecular Compounds Composed of Two Elements
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There are a few common names that you will encounter as you continue your study of chemistry. For example, although NO is often
called nitric oxide, its proper name is nitrogen monoxide. Similarly, N,O is known as nitrous oxide even though our rules would
specify the name dinitrogen monoxide. (And H,O is usually called water, not dihydrogen monoxide.) You should commit to
memory the common names of compounds as you encounter them.

Naming Covalent Compounds

Name the following covalent compounds:

a. SFg
b. N,0,
C. C1207
d. P4O¢

Solution
Because these compounds consist solely of nonmetals, we use prefixes to designate the number of atoms of each element:

a. sulfur hexafluoride

b. dinitrogen trioxide

c. dichlorine heptoxide

d. tetraphosphorus hexoxide

Exercise 3.4.2

Write the formulas for the following compounds:

a. phosphorus pentachloride
b. dinitrogen monoxide
c. iodine heptafluoride

d. carbon tetrachloride
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Answer:

(a) PCls; (b) N»0O; (c) IF; (d) CCly

Binary Acids

Some compounds containing hydrogen are members of an important class of substances known as acids. The chemistry of these
compounds is explored in more detail in later chapters of this text, but for now, it will suffice to note that many acids release
hydrogen ions, H*, when dissolved in water. To denote this distinct chemical property, a mixture of water with an acid is given a
name derived from the compound’s name. If the compound is a binary acid (comprised of hydrogen and one other nonmetallic
element):

1. The word “hydrogen” is changed to the prefix hydro-
2. The other nonmetallic element name is modified by adding the suffix -ic
3. The word “acid” is added as a second word

For example, when the gas HCI (hydrogen chloride) is dissolved in water, the solution is called hydrochloric acid. Several other
examples of this nomenclature are shown in Table 3.4.5.

Table 3.4.5: Names of Some Simple Acids

Name of Gas Name of Acid
HF(g), hydrogen fluoride HF(aq), hydrofluoric acid
HCI(g), hydrogen chloride HCl(aq), hydrochloric acid
HBr(g), hydrogen bromide HBr(aq), hydrobromic acid
HI(g), hydrogen iodide HI(aq), hydroiodic acid
H,S(g), hydrogen sulfide H,S(aq), hydrosulfuric acid

Oxyacids

Many compounds containing three or more elements (such as organic compounds or coordination compounds) are subject to
specialized nomenclature rules that you will learn later. However, we will briefly discuss the important compounds known as
oxyacids, compounds that contain hydrogen, oxygen, and at least one other element, and are bonded in such a way as to impart
acidic properties to the compound (you will learn the details of this in a later chapter). Typical oxyacids consist of hydrogen
combined with a polyatomic, oxygen-containing ion. To name oxyacids:

1. Omit “hydrogen”

2. Start with the root name of the anion

3. Replace —ate with —ic, or —ite with —ous
4. Add “acid”

For example, consider H,CO5 (which you might be tempted to call “hydrogen carbonate”). To name this correctly, “hydrogen” is
omitted; the —ate of carbonate is replace with —ic; and acid is added—so its name is carbonic acid. Other examples are given in
Table 3.4.6. There are some exceptions to the general naming method (e.g., H,SO, is called sulfuric acid, not sulfic acid, and H,SO;
is sulfurous, not sulfous, acid).

Table 3.4.6: Names of Common Oxyacids
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Formula Anion Name Acid Name

HC,H30, acetate acetic acid
HNO; nitrate nitric acid
HNO, nitrite nitrous acid
HCIO4 perchlorate perchloric acid
H,CO3 carbonate carbonic acid
H,SO, sulfate sulfuric acid
H,SO3 sulfite sulfurous acid
H3POy4 phosphate phosphoric acid

Summary

Chemists use nomenclature rules to clearly name compounds. Ionic and molecular compounds are named using somewhat-different
methods. Binary ionic compounds typically consist of a metal and a nonmetal. The name of the metal is written first, followed by
the name of the nonmetal with its ending changed to —ide. For example, K,O is called potassium oxide. If the metal can form ions
with different charges, a Roman numeral in parentheses follows the name of the metal to specify its charge. Thus, FeCl, is iron(II)
chloride and FeCls is iron(III) chloride. Some compounds contain polyatomic ions; the names of common polyatomic ions should
be memorized. Molecular compounds can form compounds with different ratios of their elements, so prefixes are used to specify the
numbers of atoms of each element in a molecule of the compound. Examples include SFg, sulfur hexafluoride, and N>Oy, dinitrogen
tetroxide. Acids are an important class of compounds containing hydrogen and having special nomenclature rules. Binary acids are
named using the prefix hydro-, changing the —ide suffix to —ic, and adding “acid;” HCl is hydrochloric acid. Oxyacids are named by
changing the ending of the anion to —ic, and adding “acid;” H,COj5 is carbonic acid.

Contributors and Attributions

o 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
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3.5: Summary of Inorganic Nomenclature

Chemical nomenclature is the names we use for chemicals. For instance, H,O is called "water", and CH, (the gas you burn in a
stove) is called "methane." You should learn the chemical nomenclature here on this page now, so that you will be able to
understand when it is used.

The Basics

Here is some important info about how we write chemicals.

1. Elements have symbols of one or two letters. The first is a capital letter (ABC). If there is a second letter, it is a lower-case letter
(abc). For instance, "m" is one unit, and "M" is a different unit. "K" is the symbol for one type of constant, and "k" is the
symbol for a different type. You need to remember that capital letter symbols are usually different from lower-case symbols. For
instance, Co is cobalt, a metal element next to iron, and CO is carbon monoxide, a poisonous gas made of one carbon atom and
one oxygen atom.

T,

Lo

2. We write the charge of a chemical using a superscript, which looks like this: H"or H™. If we write just H, that means an H atom,
which is one proton and one electron. H" means 1 H atom — 1 electron, so it means just one proton, also called hydrogen ion. If
we write H™ this means one hydrogen atom + one electron, so a proton and 2 electrons, also called hydride ion. If there's an
number in the superscript, that says how many electrons are added or removed. For instance, Ca®* is a calcium atom — 2
electrons, or calcium ion. S% is sulfide, or sulfur + 2 electrons.

T,

L

3. We indicate the number of atoms of a particular type using a subscript, like this: CO,. This means one carbon atom and 2
oxygen atoms. If we write O, that means the oxygen molecule, which is two atoms of oxygen connected together. Sometimes
people might write O2 to mean the same thing. If the number comes first, though, it has a different meaning. 2 O means 2 atoms
of oxygen that aren't connected to anything.

l""il ball is used to show atomic oxygen. 2 conjoined ball is used to show diatomic oxygen and 3 conjoined ball represents ozone.

4. If we want to show how many protons and neutrons are present in an atom, we can use the mass number, as a superscript before
the element symbol, such as'3C. This means carbon with (protons + neutrons) = 13. You can tell that this is different from the
charge, because the charge will always include + or — and come after the symbol.

5. Most molecules or ions that are stable have an even number of electrons. If they have an odd number of electrons, this is called
aradical. For instance, H is a radical, because it has one electron. Because this is unusual, it might be indicated with a dot, like
this: H'. For instance, water is H»O, and if you remove hydrogen ion, you are left with hydroxide ion, OH™. If you remove H’
from water, you are left with OH molecule, which is neutral. This is also called hydroxyl radical, written OH".

T,

L

6. The phase of a substance is often indicated by a letter in () after the symbol. For instance, He is almost always a gas, written
He(g). If it's a liquid (4.2K or below, less than -269° C) that is written He(l). You'll probably never hear about He(s), since it
would be very hard to make it a solid. You might also see something written with (aq), which means "dissolved in water." For
instance, NaCl(aq) means salt dissolved in water so there is no solid left. Or you might just see K*(aq), meaning potassium ions
dissolved in water.
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Magg + Kl —_— NHs

Elements

There are lots of elements and you don't need to memorize them all. Here are a few that you should learn right now, though,
because they are common or important, so that you won't be confused when they are mentioned later. They are organized by their

type.

1. Non-metals

o Light elements: the elements with smallest mass
o Hydrogen (H): exists as H, or in combination with other elements, such as in water
o Helium (He): named after the sun, because it was discovered in the sun before being discovered on Earth (we'll explain how
later); it doesn't react with anything
e Major gases in air
o Oxygen (O): we get most of our energy from reactions with oxygen, when we breathe or when we burn fuel; O, is 21% of
air
o Nitrogen (N): often the limiting factor for agriculture or population growth, even though Ny is 78% of air, because it only
reacts under special circumstances.

e Halogens: reactive elements that make salts; common negative ions

o Fluorine (F): the lightest halogen and most reactive element in the periodic table, people say that it killed the first two
chemists who tried to isolate F;

o Chlorine (Cl): part of normal salt, NaCl, it is common in the ocean and in your body

o Bromine (Br): one of only two elements that are liquid at room temperature, bromine is also found in salts and minerals

o Iodine (I): a soft, shiny silver solid that easily evaporates to a purple gas, iodine can be used to disinfect cuts and is essential
for human brains, suggesting that humans may have evolved to live near the ocean, which provides sources of iodine in fish
and seaweed

e Main group solid non-metals: non-conductive and usually soft materials

o Carbon (C): the element on which biology is based, also found in diamond, graphite, coal, and charcoal

o Silicon (Si): the basis of the electronics industry; also a main component of sand, glass, and most rocks

o Sulfur (S): a smelly yellow solid, used to make strong acid in industry, also common in minerals and essential to life
o Phosphorus (P): first isolated from urine, although common in minerals; essential for life, often glows

2. Metals: soft or hard, light or heavy, usually solid electric conductors

o Alkali metals: soft, light, common soluble positive ions
o Lithium (Li): the lightest alkali, used in batteries and anti-depressants
o Sodium (Na, you may know it as natrium): common in the ocean and salt
o Potassium (K, you may know it as kalium): also common, high concentration inside cells
o Alkaline Earth metals: like alkalis, but less so, less reactive, less soluble, positive ions more common in rocks, but also
abundant in ocean
o Magnesium (Mg): common in rocks, essential for life, especially photosynthesis
o Calcium (Ca): common in biomaterials such as bone, tooth, and shells, also essential for muscles

e Main group metals
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o Aluminum (Al, also called aluminium): requires lots of energy to produce the metal from the mineral sources, but very
common and useful metal
o Tin (Sn, from Latin stannum): used since ancient times, especially in alloys such as bronze; still used in solder and many
other applications
o Lead (Pb, from Latin plumbum): very heavy, soft, sweet-tasting toxic metal, commonly used since ancient times, now used
to shield radiation and in bullets, among many other uses
o Transition Metals: a widely varied group, often characterized by complex chemical properties

o Iron (Fe, from Latin ferrum): most abundant element on earth, essential in steel, with complex reaction properties essential
to life

o Copper (Cu, from Latin cuprum): less reactive metal, with characteristic colors, commonly used in coins and electronics

o Silver (Ag, from Latin argentum): used in jewelry, coins and other ornaments and utensils since ancient times, it didn't
tarnish until after the industrial revolution, and now also used in electronics

o Gold (Au, from Latin aurum): used since ancient times in coins and jewelry, to color stained glass, also in dentistry and
other applications

o Mercury (Hg, from Latin hydrargyrum): also called quicksilver, because it is a silver liquid, it is toxic but very important in
the history of science; it may be familiar from thermometers

Common Positive lons (Cations)

"[element name](charge in Roman numerals if needed) ion"

Cation is another word for positive ion. The common positive ions are the ions of the alkali and alkaline earth metals and
ammonium, NH,*. The alkali metals form +1 cations, such as Na* and K*. The alkaline earth metals form +2 cations, such as Ca?*
and Mg?*. The hydrogen ion, H' is a very common cation. For these cations, you can call them "[element name] ion", such as
sodium ion or calcium ion.

You'll also see transition metal cations or main group metal cations, but it is harder to predict what charge they will have, especially
because some of them can have different charges, like iron, which is commonly Fe?* or Fe3*. The charge on a transition metal
cation can also be indicated using Roman numerals in parentheses, which looks like Fe(II) or Fe(III). The Roman numerals you
will need to know for chemistry are:

1 2 3 3 5 6 7 8 9 10

I II III v \% VI VII VIII IX X

For cations that have uncertain charge, you should call them "[element name](charge in Roman numerals) ion." For instance,
iron(II) ion or sometimes just Fe(II).

Sometimes people use special names for these ions, in which the higher charge ion is called "[name]-ic ion" and the lower charge
ion is called "[name]-ous ion," such as ferrous for Fe(II) and ferric for Fe(III), or cuprous ion for Cu(I) and cupric ion for Cu(II). I
think this is most common for Fe, and I've never heard anyone call nickel(II) nickelous ion because that sounds ridiculous.

LECICER N Common Type Il Cations

lon Systematic Name Older Name
Fett iron(Ill) ferric

Fe'* iron(Il) ferrous
Cu? copper(1l) cupric
Cu’ copper(I} Cuprous
Co?' cobalt{I1]) cobaltic
Co?' cobalt{IT} cobaltous
sn' Hin(IV) stannic
Sn®! tin{il} stannous
ot lead(IV) plumbic
PH* lead(11) plumbous
Hg*' mercury(Il} mercuric
ng‘ = mercury{l} MErcurous

"Mercuryil] ions aslways occur bound together in pairs 1o form
Hag,*".
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Here's a list of common cations with less predictable charges:

o Ag' o Cu' e Cu?* o Fe? o Fe** e Hg,”* o Hg? e Pb%* e Sn?* o AI¥

Elements not on the list above, that you may see soon anyway: zinc(II): Zn?*, cadmium(II): Cd?*, cobalt(II): Co®*, manganese(II):
Mn?*, nickel(II): Ni?*, chromium(III): Cr>*.
Common Negative lons (Anions)

"[base name] + (-ide,-ate, or -ite)"

Anion is another word for negative ion. Common negative ions are the halide ions, formed from the halogen elements: fluoride, F~;
chloride, CI7; bromide, Br~; and iodide, I". As you may have noticed, the names of anions have "-ide" at the end when they are
formed from elements. Other examples include oxide, O, sulfide, S%~, and nitride, N°~.

Common Anions

Charge Formula Name

1 H- Hydride ion
F Fluonde ion
a Chioride ion
Br Bromide ion
I lodide ion
CN Cyanide ion
OH Hydroxide ion
o Oxide ion
o/ Peroxide ion
§° Sulfide ion
N’ Nitride ion

There are also many important polyatomic anions, which means anions that include more than one atom. These include toxic
cyanide ion, CN~, common hydroxide ion, OH", and peroxide ion, 0,%". Other important anions include acetate ion (C;H307),
which is in vinegar, the chlorate ion (CIO3"), the perchlorate ion (ClO4") which is often explosive, the nitrate ion (NOs~), the
carbonate ion (CO3%") found in shells, the sulfate ion (SO4%7), and the phosphate ion (PO4>"). All of these end in "-ate", which
means that they have more oxygen. Also, notice that "per-___-ate" means more oxygen than just "-ate", as in perchlorate.

Less common but still important are some "-ite" anions, which have less oxygen, such as nitrite (NO"), sulfite (5032’), chlorite
(ClOy") and hypochlorite (CIO™). Notice that "hypo-___-ite" means less oxygen than just "-ite" as in hypochlorite. Sulfite and
nitrite are used to preserve foods. Sulfite salts are used in wine, dried fruit and preserved radish (mu). Nitrite salts are used in
preserved meats.

One more rule says that if you take an anion like carbonate or sulfate and add one hydrogen ion, then you call that "bicarbonate"
(HCO3") or "bisulfate” (HSO4"). Or you might see it called "hydrogen carbonate" or "hydrogen sulfate." Note that because we
added a hydrogen ion, the charge on the bicarbonate ion is one less than the charge on the carbonate ion. Also, note that "disulfate"
is S,07%, quite different from bisulfate.

=
Chemical Nomenclature for lonic Compounds
"[cation name] + [anion name]"

Ionic compounds are compounds that include at least two components, a positive ion and a negative ion. Often the positive ion is a
metal element ion and the negative ion is a non-metal ion. To name an ionic compound, you usually just give the cation followed
by the anion, such as "sodium chloride" or "ammonium nitrate." If the cation is the type that could have different charges, than you
should say what the charge is, such as "mercury(I) iodide" or "cupric sulfate."

[

Chemical Nomenclature for Acids

"(hydro if -ide)[anion base name] + (-ic if -ide, -ate; -ous if -ite) + acid"
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Acid usually means an anion combined with the hydrogen ion as the cation. For instance, HCI is a common acid, which is the
hydrogen ion and the chloride anion. If the anion ends in "-ide" then usually the acid is called "hydro-___-ic acid" such as
"hydrochloric acid" for HCI. You'll see this for all the "hydrohalic acids" which are H + a halogen, such as "hydrofluoric acid" or
"hydroiodic acid." You might also see "hydrocyanic acid" for HCN. If the anion ends in "-ate" than you call the acid "___-ic acid,"
such as "sulfuric acid," which is HySQOy, or "nitric acid." HNQOs. If the anion ends in "-ite" than the acid name is "___ -ous acid."
such as "hypochlorous acid" for HCIO. Notice that earlier "-ic" and "-ous" meant more and less charge for cations, such as ferric
and ferrous ions of iron. Now it also means more and less oxygen in acids.

T,

L

Chemical Nomenclature for Non-metal Compounds
"(prefix, not mono)[less anion-like atom name] + (prefix)[more anion-like atom name]-ide"

Non-metal compounds are often called covalent compounds. They are named following a different rule from ionic compounds. You
will need these "prefixes" which indicate how many of each type of atom are present:

1 2 3 3 5 6 7 8 9 10

mono di tri tetra penta hexa hepta octa nona deca

The prefixes come from Greek. You will put the element that is more left on the periodic table first, unless it is oxygen, which is
always last unless it is in a compound with fluorine. This follows the same pattern as ionic compounds. In ionic compounds, the
cation is written first, and you will notice that it is usually more to the left in the periodic table than the anion, which is written last.
When you name covalent compounds, the atom that's more like an anion is written last. Fluorine is always most "anionic," and
oxygen is next most "anionic," so they will always be last. (Fluorine is actually most electronegative, but we will study this concept
much later, which is why right now I'm calling it "anion-like.") If both atoms are in the same group (same column of the periodic
table) then the lower one is named first. Notice that the two most "anion-like," F and O, are in the upper right of the periodic table.
The atom written second, that's more "anion-like" is named like an anion, with the "-ide" ending. For example, CO: carbon is on
the left, so we can write "monocarbon monoxide." Actually people usually just call it "carbon monoxide." You can skip "mono" for
the first element. For instance, SO5 is called "sulfur trioxide" and N,O, is called "dinitrogen tetroxide." XeO, is xenon dioxide,
even though xenon is more to the right than oxygen, because oxygen is more like an anion than anything except fluorine. If the
compound involves hydrogen, then you can leave out the prefixes, such as "hydrogen chloride" for HCI or "hydrogen sulfide" for
H,S, because the numbers of each atom can be predicted as if it were an ionic substance. But actually many compounds of
hydrogen have special names, such as "ammonia" for NHj, "methane" for CHy, "borane" for BHj, "silane" for SiH4 and
"phosphine" for PHs. You should learn the first two of these now.

T,

Lo

Summary

https://chem.libretexts.org/@go/page/472292


https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/472292?pdf

LibreTexts"

Key Info for Common Elements

Element name

Hydrogen

Helium
Lithium
Carbon

Nitrogen
Oxygen
Fluorine

Sodium (Natrium)
Magnesium

Aluminum (Aluminium)

Silicon

Phosphorus

Sulfur

Chlorine

Potassium (kalium)

Calcium

Iron

Symbol

Li

Na

Mg

Al

Si

Cl

Fe

Atomic number

11

12

13

14

15

16

17

19

20

26

Commonly found as...

https://chem.libretexts.org/@go/page/472292

H,(g), water (H,0), acid (H"
(aq))

He(g), He(l) if you want to
make things very cold

Li* always, (aq) or in solids
with anions, lithium metal Li(s)
only in chem class

Covalent compounds, making 4
bonds

Ny(g) in air, in ammonia (NH;3(g
or 1)), in basic covalent
compounds, in proteins

O3(g) in air, in water, in rock
and glass, usually combined
with Si

F~(aq) or with cations in rock,
in covalent compounds with
carbon (non-stick pans)

Na*(aq) or with anions in salts,
sodium metal (Na(s)) only in
chem class

Mg?*(aq) or with anions in salts
and rocks

AI3* with anions in rocks and
salts, industrially made Al(s)
metal

Industrially made Si(s) in
computer chips, Si(IV) oxides
in sand, glass, most rocks

Phosphates: PO43-, P,O7%, etc.
in rock, DNA

Sg(s), %~ or sulfate (SO,*) in
salts or rocks

Cl(aq) or with cations in salts,
Cly(g) or ClO(aq) in
disinfectants

K (aq) or with anions in salts,
potassium metal (K(s)) only in
chem class

CaZ2*(aq) or with anions in salts
and rocks

Fe(s) metal industrially made,
Fe(II) or Fe(III) oxides or
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Element name Symbol Atomic number Commonly found as...

sulfides and other minerals

Natural Cu(s) metal, Cu(I) or
Copper Cu 29 Cu(1I) salts or minerals, usually
blue or green

Bromine Br 35 Br(aq) or with cations in salts

Natural Ag(s) metal, Ag(I) or
Silver Ag 47 Ag(II) in salts or sulfide
minerals

Industrially made Sn(s) in
Tin Sn 50 alloys, Sn(II) or Sn(IV) salts
and oxide or sulfide minerals

Todine I 53 I"(aqg) or with cations in salts

Natural Au(s) metal, rarely

Il A 7
Gold 4 9 Au(T) or Au(III) salts
Natural (but rare) metal Hg(1),
Mercury Hg 80 Hg(II) sulfides and halides,
Hg(I) exists as Hgy?"
Pb(s) in alloys, Pb(II) sulfide,
Lead Pb 8 carbonate and sulfate minerals,

sometimes Pb(IV) salts or
minerals
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Common Polyatomic lons

Name
Ammonium
Cyanide
Hydroxide
Peroxide
Acetate
Perchlorate

Chlorate

Chlorite
Hypochlorite

Nitrate
Nitrite
Carbonate
Bicarbonate
Sulfate

Bisulfate

Sulfite

Phosphate

Outside Link

Formula
NH,*

CN™

NO3~

NOy™

CO5*

SO3>

PO,

e CrashCourse Chemistry: How to Speak Chemistrian (11 min)

Contributors and Attributions
e Emily V Eames (City College of San Francisco)

Where you find it

Soluble salts, fertilizer

Toxic, in some plant products and dyes

In bases and some minerals

In bleaches and disinfectants

In vinegar

Soluble salts and explosives, a strong acid
Similar to perchlorates but less stable

Disinfectants and bleaches, some explosive
salts

Disinfectants and bleaches, most salts
unstable

Soluble salts, fertilizer, explosives, a strong
acid

Preservatives for food

In rock, seashells, cement; a base

A base (baking soda), in soda, in blood
In salts, plaster, detergent, a strong acid
Food additives

Salts, food preservatives

Salts, rock, fertilizers, a strong acid, in ATP
and DNA

3.5: Summary of Inorganic Nomenclature is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.
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3.6: Empirical Formulas and Combustion Analysis

1.4.06: Empirical Formulas and Combustion Analysis

3.6: Empirical Formulas and Combustion Analysis is shared under a not declared license and was authored, remixed, and/or curated by

LibreTexts.
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3.7: MOLECULAR FORMULAS AND EMPIRICAL FORMULAS (REVIEW)

Learning objective

e Determine the empirical and molecular formulas from combustion data

Molecular formulas tell you how many atoms of each element are in a compound, and empirical formulas tell you the simplest or most
reduced ratio of elements in a compound. If a compound's molecular formula cannot be reduced any more, then the empirical formula is the
same as the molecular formula. Combustion analysis can determine the empirical formula of a compound, but cannot determine the
molecular formula (other techniques can though). Once known, the molecular formula can be calculated from the empirical formula.

EMPIRICAL FORMULAS

An empirical formula tells us the relative ratios of different atoms in a compound. The ratios hold true on the molar level as well. Thus, H,O
is composed of two atoms of hydrogen and 1 atom of oxygen. Likewise, 1.0 mole of H,O is composed of 2.0 moles of hydrogen and 1.0
mole of oxygen. We can also work backwards from molar ratios since if we know the molar amounts of each element in a compound we can
determine the empirical formula.

Example 3.7.1: Mercury Chloride

Mercury forms a compound with chlorine that is 73.9% mercury and 26.1% chlorine by mass. What is the empirical formula?

Let's say we had a 100 gram sample of this compound. The sample would therefore contain 73.9 grams of mercury and 26.1 grams of
chlorine. How many moles of each atom do the individual masses represent?

For Mercury:

(73.9 g) x ( 2;0"';‘:9) = 0.368 moles (3.7.1)
For Chlorine:
(26.1 g) x (M) = 0.736 mol (3.7.2)
3545 g
What is the molar ratio between the two elements?
—3';2:;’;’5; =20 (3.7.3)

Thus, we have twice as many moles (i.e. atoms) of Cl as Hg. The empirical formula would thus be (remember to list cation first, anion
last):

HgCly (3.7.4)

MOLECULAR FORMULA FROM EMPIRICAL FORMULA

The chemical formula for a compound obtained by composition analysis is always the empirical formula. We can obtain the chemical
formula from the empirical formula if we know the molecular weight of the compound. The chemical formula will always be some integer
multiple of the empirical formula (i.e. integer multiples of the subscripts of the empirical formula). The general flow for this approach is
shown in Figure 3.7.1 and demonstrated in Example 3.7.2.
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Mass % elements

l Assume 100 g sample

“Calculale the grams
of each element

¢ Use atomic weights

" Caleulate the moles
of each element

Caleulate the molar ratio
[or each element

Asgsipn
_empirical formula

Figure 3.7.1: The general flow chart for solving empirical formulas from known mass percentages.

Example 3.7.2: Ascorbic Acid

Vitamin C (ascorbic acid) contains 40.92 % C, 4.58 % H, and 54.50 % O, by mass. The experimentally determined molecular mass is
176 amu. What is the empirical and chemical formula for ascorbic acid?

Solution
Consider an arbitrary amount of 100 grams of ascorbic acid, so we would have:

e 40.92 grams C
e 4.58 grams H
e 54.50 grams O

This would give us how many moles of each element?

e Carbon
1mol C
40.92 X| —— ] =3.40Tmol C 3.7.5
( #9) (12.011)94) B,
e Hydrogen
1 mol H
458 gH )x | ———— | =454 mol H 3.7.6
( ) ( 1.008 g H ) (379)
e Oxygen
1 mol O
5450 g) x | ———— | = 3.406 mol O 3.7.7
( ) ( 15.999 g0 ) (G:2:D
Determine the simplest whole number ratio by dividing by the smallest molar amount (3.406 moles in this case - see oxygen):
e Carbon
3.407 mol
C —_— m ~ . (3-7-8)
¢ Hydrogen
4.5.44 mol
C - m - 1-0 (3-7-9)
e Oxygen
3.406 mol
C - m - B (3.7.10)

The relative molar amounts of carbon and oxygen appear to be equal, but the relative molar amount of hydrogen is higher. Since we
cannot have "fractional" atoms in a compound, we need to normalize the relative amount of hydrogen to be equal to an integer. 1.333
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would appear to be 1 and 1/3, so if we multiply the relative amounts of each atom by '3', we should be able to get integer values for
each atom.

C=(1.0*3=3

H=(1.333)*3=4

0=(1.0*3=3

or

C3H403

This is our empirical formula for ascorbic acid.

What about the chemical formula? We are told that the experimentally determined molecular mass is 176 amu. What is the molecular
mass of our empirical formula?

(3*12.011) + (4*1.008) + (3*15.999) = 88.062 amu

The molecular mass from our empirical formula is significantly lower than the experimentally determined value. What is the ratio
between the two values?

(176 amu/88.062 amu) = 2.0

Thus, it would appear that our empirical formula is essentially one half the mass of the actual molecular mass. If we multiplied our
empirical formula by '2', then the molecular mass would be correct. Thus, the actual molecular formula is:

e C3H403 = CGHBOG

COMBUSTION ANALYSIS

When a compound containing carbon and hydrogen is subject to combustion with oxygen in a special combustion apparatus all the carbon is
converted to CO; and the hydrogen to H,O (Figure 3.7.2). The amount of carbon produced can be determined by measuring the amount of
CO, produced. This is trapped by the sodium hydroxide, and thus we can monitor the mass of CO, produced by determining the increase in
mass of the CO; trap. Likewise, we can determine the amount of H produced by the amount of H,O trapped by the magnesium perchlorate.

Convert

c S*:_"",': all C to CO, !rlio go,
ombustion o0 HO rap rap
o,
. 3
Furnace CuO Mg(Cl0,), NaOH

Figure 3.7.2: Combustion analysis apparatus
One of the most common ways to determine the elemental composition of an unknown hydrocarbon is an analytical procedure called
combustion analysis. A small, carefully weighed sample of an unknown compound that may contain carbon, hydrogen, nitrogen, and/or
sulfur is burned in an oxygen atmosphere,Other elements, such as metals, can be determined by other methods. and the quantities of the
resulting gaseous products (CO,, H,O, N,, and SO,, respectively) are determined by one of several possible methods. One procedure used
in combustion analysis is outlined schematically in Figure 3.7.3 and a typical combustion analysis is illustrated in Examples 3.7.3 and 3.7.4.
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Determine the mass of the sample

!

Burn the sample in oxygen

!

Determine the masses of the
combustion products
(CO,, H,0,N,, 50,)

Determine the number of moles
of each combustion product and
then use the atomic masses of
elements to calculate the masses
of elements other than oxygen
in the original sample

Find the mass of oxygen by finding
the difference between the total
mass of the sample and the
masses of all other elements

:

Use element percentages to
calculate moles of C, H, N, S
ina 100 g sample

¥

Divide the moles of each element
by the moles of element present
in the smallest amount

.

Multiply by nonintegral ratios
as necessary to give
small whole numbers

Figure 3.7.3: Steps for Obtaining an Empirical Formula from Combustion Analysis

Example 3.7.3: Combustion of Isopropyl Alcohol

What is the empirical formulate for isopropyl alcohol (which contains only C, H and O) if the combustion of a 0.255 grams isopropyl
alcohol sample produces 0.561 grams of CO; and 0.306 grams of H,O?

Solution

From this information quantitate the amount of C and H in the sample.

1 mol CO,
0.561 ——= 72 | =0.0128 mol CO 3.7.11
(0.561 gCO7) (44‘0 }00?) 2 (3.7.11)

Since one mole of CO; is made up of one mole of C and two moles of O, if we have 0.0128 moles of CO, in our sample, then we know
we have 0.0128 moles of C in the sample. How many grams of C is this?

(0.0128 metT) (%) =0.154gC (3.7.12)

How about the hydrogen?

1 mol Hy,O
0.306 —————=— | =0.017 mol H,O 3.7.13
(gm%myw) 2 (3:7.13)

Since one mole of H,O is made up of one mole of oxygen and two moles of hydrogen, if we have 0.017 moles of H,O, then we have 2*
(0.017) = 0.034 moles of hydrogen. Since hydrogen is about 1 gram/mole, we must have 0.034 grams of hydrogen in our original
sample.

When we add our carbon and hydrogen together we get:
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But we know we combusted 0.255 grams of isopropyl alcohol. The 'missing' mass must be from the oxygen atoms in the isopropyl
alcohol:

0.154 grams (C) + 0.034 grams (H) = 0.188 grams

0.255 grams - 0.188 grams = 0.067 grams oxygen

This much oxygen is how many moles?

1 mol O
0.067 g&) | ————— | =0.0042 mol O 3.7.14
( ) ( 15.994 g6 ) ( )

Overall therefore, we have:

e (.0128 moles Carbon
e 0.0340 moles Hydrogen
e 0.0042 moles Oxygen

Divide by the smallest molar amount to normalize:

e C =3.05 atoms
e H=8.1atoms
e O=1atom

Within experimental error, the most likely empirical formula for propanol would be C3HsO

Example 3.7.4: Combustion of Naphalene

Naphthalene, the active ingredient in one variety of mothballs, is an organic compound that contains carbon and hydrogen only.

Complete combustion of a 20.10 mg sample of naphthalene in oxygen yielded 69.00 mg of CO, and 11.30 mg of H,O. Determine the

empirical formula of naphthalene.

Given: mass of sample and mass of combustion products

Asked for: empirical formula

Strategy:

A. Use the masses and molar masses of the combustion products, CO, and H;,O, to calculate the masses of carbon and hydrogen
present in the original sample of naphthalene.

B. Use those masses and the molar masses of the elements to calculate the empirical formula of naphthalene.

Solution:

A Upon combustion, 1 mol of CO; is produced for each mole of carbon atoms in the original sample. Similarly, 1 mol of H,O is

produced for every 2 mol of hydrogen atoms present in the sample. The masses of carbon and hydrogen in the original sample can be

calculated from these ratios, the masses of CO, and H,O, and their molar masses. Because the units of molar mass are grams per mole,
we must first convert the masses from milligrams to grams:

massof C (8.7.15)

S A0 5 e 100109mg x 441.1(;1‘3 _qC Coéz X7 ;Tlo(l}%z x 127;?3115
=1.883x1072gC (3.7.16)
massof H 8.7.17)

lg 1mol H,O 2molH 1.0079 ¢

= 11.30mg H>0 %

1000mg * 180159 Hy0 « 1molHy0 - 1molH
=1264x103gH (8.7.18)

B To obtain the relative numbers of atoms of both elements present, we need to calculate the number of moles of each and divide by the
number of moles of the element present in the smallest amount:

1molC
= —2 _— = -3
molesC =1.883 x 107*gC x 20110 1.568 x 10~ molC (3.7.19)
1mol H
= —3 oy ——— —3
moles H = 1.264 x 107° g H x 100799 H 1.254 x 10™° molH (3.7.20)
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Dividing each number by the number of moles of the element present in the smaller amount gives

=S -3
1254 XT0T oo ¢: 1988 X104 o (3.7.21)
1.254 x 1073 1.254 x 1073

Thus naphthalene contains a 1.25:1 ratio of moles of carbon to moles of hydrogen: C; ,sH; o. Because the ratios of the elements in the
empirical formula must be expressed as small whole numbers, multiply both subscripts by 4, which gives CsH, as the empirical
formula of naphthalene. In fact, the molecular formula of naphthalene is C1oHg, which is consistent with our results.

Exercise 1 3.7.4

a. Xylene, an organic compound that is a major component of many gasoline blends, contains carbon and hydrogen only. Complete
combustion of a 17.12 mg sample of xylene in oxygen yielded 56.77 mg of CO, and 14.53 mg of H,0. Determine the empirical
formula of xylene.

b. The empirical formula of benzene is CH (its molecular formula is CgHg). If 10.00 mg of benzene is subjected to combustion
analysis, what mass of CO, and H,O will be produced?

Answer a

The empirical formula is C4Hs. (The molecular formula of xylene is actually CgHjy.)
Answer b

33.81 mg of CO,; 6.92 mg of H,O

EXERCISE 2

Elemental analysis of an organic compound indicates its composition to be 37.82% carbon, 6.36% hydrogen, and 55.82% chlorine.

a. What is the empirical formula for this compound?

b. Mass spectral analysis indicates a molar mass of 129 g/mol. What is the molecular formula for this compound?

c. Draw all the possible bond-line structures with this molecular formula.

Solutions to Exercise 2

a. CyHsCl with a molar mass of 64.5 g/mol

b. C4H;oCl,

c. There 8 possible structures with the molecular formula C,H;,Cl,. It can help to start with the different carbon backbones and then
systematically add any branches (substituents).

Far C5H4Cly, there are two ways to bond the carbon atoms. T )\

straight branched
Cl
Cl Cl cl cl Cl
. X e LY
Cl cl Cl Cl cl
Clw)\ C'v%m
Cl

CONTRIBUTORS AND ATTRIBUTIONS
e Mike Blaber (Florida State University)

3.7: Molecular Formulas and Empirical Formulas (Review) is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
LibreTexts.
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3.8: Writing and Balancing Chemical Equations

4b Learning Objectives

o To describe a chemical reaction.
e To calculate the quantities of compounds produced or consumed in a chemical reaction

What happens to matter when it undergoes chemical changes? The Law of conservation of mass says that "Atoms are neither
created, nor destroyed, during any chemical reaction." Thus, the same collection of atoms is present after a reaction as before the
reaction. The changes that occur during a reaction just involve the rearrangement of atoms. In this section we will discuss
stoichiometry (the "measurement of elements").

Chemical Equations

As shown in Figure 3.8.1, applying a small amount of heat to a pile of orange ammonium dichromate powder results in a vigorous
reaction known as the ammonium dichromate volcano. Heat, light, and gas are produced as a large pile of fluffy green
chromium(IIT) oxide forms. This reaction is described with a chemical equation, an expression that gives the identities and
quantities of the substances in a chemical reaction.

g—
Figure 3.8.1: An Ammonium Dichromate Volcano: Change during a Chemical Reaction. The starting material is solid ammonium
dichromate. A chemical reaction transforms it to solid chromium(III) oxide, depicted showing a portion of its chained structure,
nitrogen gas, and water vapor (in addition, energy in the form of heat and light is released). During the reaction, the distribution of
atoms changes, but the number of atoms of each element does not change. Because the numbers of each type of atom are the same
in the reactants and the products, the chemical equation is balanced. (CC BY-SA 3.0; Mikk Mihkel Vaabel via Wikipedia). See
video here: www.youtube.com/watch?v=CW4hN0dYnkM

Chemical reactions are represented on paper by chemical equations. For example, hydrogen gas (H;) can react (burn) with oxygen
gas (Oy) to form water (H,0O). The chemical equation for this reaction is written as:

2H, + 0, — 2H,0

Chemical formulas and other symbols are used to indicate the starting materials, or reactants, which by convention are written on
the left side of the equation, and the final compounds, or products, which are written on the right. An arrow points from the reactant
to the products. The chemical reaction for the ammonium dichromate volcano in Figure 3.8.1 is

(NH4)20T207 — Cr03+N3y+4H,0 (381)

reactant products

The arrow is read as “yields” or “reacts to form.” Equation 3.8.1 indicates that ammonium dichromate (the reactant) yields
chromium(III) oxide, nitrogen, and water (the products). The equation for this reaction is even more informative when written as
follows:

(NH4)QCI‘207 (S) — Cry03 (S) + Ny (g) +4H,0 (g) (382)

Equation 3.8.2 is identical to Equation 3.8.1 except for the addition of abbreviations in parentheses to indicate the physical state of
each species. The abbreviations are (s) for solid, (1) for liquid, (g) for gas, and (aq) for an aqueous solution, a solution of the
substance in water.
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Consistent with the law of conservation of mass, the numbers of each type of atom are the same on both sides of Equations 3.8.1
and 3.8.2. Each side of the reaction has two chromium atoms, seven oxygen atoms, two nitrogen atoms, and eight hydrogen atoms.

In a balanced chemical equation, both the numbers of each type of atom and the total charge are the same on both sides. Equations
3.8.1 and 3.8.2 are balanced chemical equations. What is different on each side of the equation is how the atoms are arranged to
make molecules or ions. A chemical reaction represents a change in the distribution of atoms, but not in the number of atoms. In
this reaction, and in most chemical reactions, bonds are broken in the reactants (here, Cr—O and N-H bonds), and new bonds are
formed to create the products (here, O—H and N=N bonds). If the numbers of each type of atom are different on the two sides of a
chemical equation, then the equation is unbalanced, and it cannot correctly describe what happens during the reaction. To proceed,
the equation must first be balanced.

A chemical reaction changes only the distribution of atoms, not the number of atoms.

Introduction to Chemical Reaction Equations:
[youtu.be]

Balancing Simple Chemical Equations

When a chemist encounters a new reaction, it does not usually come with a label that shows the balanced chemical equation.
Instead, the chemist must identify the reactants and products and then write them in the form of a chemical equation that may or
may not be balanced as first written. Consider, for example, the combustion of n-heptane (C;Hi¢), an important component of
gasoline:

CrHyg (1) + O2(g) — CO2(g) + H20(g) (3.8.3)

The complete combustion of any hydrocarbon with sufficient oxygen always yields carbon dioxide and water.

Figure 3.8.2: An Example of a Combustion Reaction. The wax in a candle is a high-molecular-mass , which produces

gaseous carbon dioxide and water vapor in a combustion reaction (Equation 3.8.3).
Equation 3.8.3 is not balanced: the numbers of each type of atom on the reactant side of the equation (7 carbon atoms, 16 hydrogen
atoms, and 2 oxygen atoms) is not the same as the numbers of each type of atom on the product side (1 carbon atom, 2 hydrogen
atoms, and 3 oxygen atoms). Consequently, the coefficients of the reactants and products must be adjusted to give the same
numbers of atoms of each type on both sides of the equation. Because the identities of the reactants and products are fixed, the
equation cannot be balanced by changing the subscripts of the reactants or the products. To do so would change the chemical
identity of the species being described, as illustrated in Figure 3.8.3.
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) )
Change in
H,0 e IH,0 ) 9

Water i
Platinum
Change in ]
H,0 subscript > H,0, H
)
. _ Hydrogen
Hydrogen peroxide h= peroxide

Figure 3.8.3: Balancing Equations. You cannot change subscripts in a chemical formula to balance a chemical equation; you can
change only the coefficients. Changing subscripts changes the ratios of atoms in the molecule and the resulting chemical properties.
For example, water (H,O) and hydrogen peroxide (H,O5) are chemically distinct substances. HyO, decomposes to H,O and O; gas
when it comes in contact with the metal platinum, whereas no such reaction occurs between water and platinum.

Left: Example of changing coefficients or subscripts. Right: Platinum dissolving in hydrogen peroxide.

Balancing Combustion Reactions: [youtu.be]

The simplest and most generally useful method for balancing chemical equations is “inspection,” better known as trial and error.
The following is an efficient approach to balancing a chemical equation using this method.

X Steps in Balancing a Chemical Equation

1. Identify the most complex substance.

2. Beginning with that substance, choose an element that appears in only one reactant and one product, if possible. Adjust the
coefficients to obtain the same number of atoms of this element on both sides.

3. Balance polyatomic ions (if present) as a unit.

4. Balance the remaining atoms, usually ending with the least complex substance and using fractional coefficients if
necessary. If a fractional coefficient has been used, multiply both sides of the equation by the denominator to obtain whole
numbers for the coefficients.

5. Check your work by counting the numbers of atoms of each kind on both sides of the equation to be sure that the chemical
equation is balanced.

v Example 3.8.14: Combustion of Heptane

To demonstrate this approach, let’s use the combustion of n-heptane (Equation 3.8.3) as an example.

1. Identify the most complex substance. The most complex substance is the one with the largest number of different atoms,
which is C7H;6. We will assume initially that the final balanced chemical equation contains 1 molecule or formula unit of
this substance.
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2. Adjust the coefficients. Try to adjust the coefficients of the molecules on the other side of the equation to obtain the same
numbers of atoms on both sides. Because one molecule of n-heptane contains 7 carbon atoms, we need 7 CO, molecules,
each of which contains 1 carbon atom, on the right side:

CyHig+ Oy — 7CO5 +H,O (3.8.4)

3. Balance polyatomic ions as a unit. There are no polyatomic ions to be considered in this reaction.
4. Balance the remaining atoms. Because one molecule of n-heptane contains 16 hydrogen atoms, we need 8 H20
molecules, each of which contains 2 hydrogen atoms, on the right side:

C7H16 +0; = 7C0, +8H,0 (3.8.5)

The carbon and hydrogen atoms are now balanced, but we have 22 oxygen atoms on the right side and only 2 oxygen atoms
on the left. We can balance the oxygen atoms by adjusting the coefficient in front of the least complex substance, O,, on the
reactant side:

CrHi6(l) +1102(g) — 7CO2 (g) + 8H20 (g) (3.8.6)

5. Check your work. The equation is now balanced, and there are no fractional coefficients: there are 7 carbon atoms, 16
hydrogen atoms, and 22 oxygen atoms on each side. Always check to be sure that a chemical equation is balanced.The
assumption that the final balanced chemical equation contains only one molecule or formula unit of the most complex
substance is not always valid, but it is a good place to start.

v/ Example 3.8.1B: Combustion of Isooctane

Consider, for example, a similar reaction, the combustion of isooctane (CgH;g). Because the combustion of any hydrocarbon
with oxygen produces carbon dioxide and water, the unbalanced chemical equation is as follows:

CsHys (1) + O2(g) — CO2(g) + H20(g) (3.8.7)

1. Identify the most complex substance. Begin the balancing process by assuming that the final balanced chemical equation
contains a single molecule of isooctane.

2. Adjust the coefficients. The first element that appears only once in the reactants is carbon: 8 carbon atoms in isooctane
means that there must be 8 CO; molecules in the products:

CsHis + 02 —8CO, + H,0 (3.8.8)

3. Balance polyatomic ions as a unit. This step does not apply to this equation.
4. Balance the remaining atoms. Eighteen hydrogen atoms in isooctane means that there must be 9 H,O molecules in the
products:

CgHig + Oz — 8CO2 +9H20 (3.8.9)

The carbon and hydrogen atoms are now balanced, but we have 25 oxygen atoms on the right side and only 2 oxygen atoms
on the left. We can balance the least complex substance, O,, but because there are 2 oxygen atoms per O, molecule, we
must use a fractional coefficient (25/2) to balance the oxygen atoms:

CgHis + % O, —8C0; +9H,0 (3.8.10)

Equation 3.8.10 is now balanced, but we usually write equations with whole-number coefficients. We can eliminate the
fractional coefficient by multiplying all coefficients on both sides of the chemical equation by 2:

2CgHig (1) + 2504 (g) — 16 CO4 (g) + 18 H,0 () (3.8.11)

5. Check your work. The balanced chemical equation has 16 carbon atoms, 36 hydrogen atoms, and 50 oxygen atoms on
each side.
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Balancing Complex Chemical Equations: [youtu.be]

Balancing equations requires some practice on your part as well as some common sense. If you find yourself using very large
coefficients or if you have spent several minutes without success, go back and make sure that you have written the formulas of the
reactants and products correctly.

v Example 3.8.1C: Hydroxyapatite

The reaction of the mineral hydroxyapatite (Cas(PO4)3(OH)) with phosphoric acid and water gives Ca(H3POy4)s - H2O (calcium
dihydrogen phosphate monohydrate). Write and balance the equation for this reaction.

Hydroxyapatite (Extra close brace or missing open brace) crystal

Given: reactants and product
Asked for: balanced chemical equation
Strategy:

A. Identify the product and the reactants and then write the unbalanced chemical equation.
B. Follow the steps for balancing a chemical equation.

Solution:

A We must first identify the product and reactants and write an equation for the reaction. The formulas for hydroxyapatite and
calcium dihydrogen phosphate monohydrate are given in the problem (recall that phosphoric acid is H3PO,). The initial
(unbalanced) equation is as follows:

Cag (PO4)3(OH) (S) + H3POy4 (a.q) + HzO(l) — Ca(H2P04)2 . HzO(s)

1. B Identify the most complex substance. We start by assuming that only one molecule or formula unit of the most complex
substance, Cas(PO4)3(OH), appears in the balanced chemical equation.

2. Adjust the coefficients. Because calcium is present in only one reactant and one product, we begin with it. One formula unit
of Cas(PO,4)3(OH) contains 5 calcium atoms, so we need 5 Ca(H2PO4),*H;0O on the right side:

Cagy (PO4)3(OH) + H3PO4+H;O — 5 Ca(H2P04)2 -H0
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3. Balance polyatomic ions as a unit. It is usually easier to balance an equation if we recognize that certain combinations of
atoms occur on both sides. In this equation, the polyatomic phosphate ion (PO4>7), shows up in three places. In H3POy, the
phosphate ion is combined with three H" ions to make phosphoric acid (H3PO,), whereas in Ca(H,PO,), * HyO it is combined
with two H" ions to give the dihydrogen phosphate ion. Thus it is easier to balance PO,4 as a unit rather than counting
individual phosphorus and oxygen atoms. There are 10 PO4 units on the right side but only 4 on the left. The simplest way to
balance the PO, units is to place a coefficient of 7 in front of H3POy:

Ca.5(PO4)3(OH) + 7H3PO4+H;O — 5 Ca(H2P04)2 -H,0

Although OH™ is also a polyatomic ion, it does not appear on both sides of the equation. So oxygen and hydrogen must be
balanced separately.

4. Balance the remaining atoms. We now have 30 hydrogen atoms on the right side but only 24 on the left. We can balance
the hydrogen atoms using the least complex substance, HO, by placing a coefficient of 4 in front of HyO on the left side,
giving a total of 4 H,O molecules:

Cag (P04)3(OH) (S) + 7TH3PO4 (aq) +4H,0 (1) -5 Ca(H2P04)2 -H20 (S)

The equation is now balanced. Even though we have not explicitly balanced the oxygen atoms, there are 41 oxygen atoms on
each side.

5. Check your work. Both sides of the equation contain 5 calcium atoms, 10 phosphorus atoms, 30 hydrogen atoms, and 41
oxygen atoms.

? Exercise 3.8.1: Fermentation

Fermentation is a biochemical process that enables yeast cells to live in the absence of oxygen. Humans have exploited it for
centuries to produce wine and beer and make bread rise. In fermentation, sugars such as glucose are converted to ethanol (
CH3CH,O0H and carbon dioxide CO,. Write a balanced chemical reaction for the fermentation of glucose.

Commercial use of fermentation. (a) Microbrewery vats are used to prepare beer. (b) The fermentation of glucose by yeast
cells is the reaction that makes beer production possible.

Answer

Cﬁngos(S) — 2CzH5OH(l) + 2002(9)
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Balancing Reactions Which Contain Polyatomics:

[youtu.be]

Interpreting Chemical Equations

In addition to providing qualitative information about the identities and physical states of the reactants and products, a balanced
chemical equation provides quantitative information. Specifically, it gives the relative amounts of reactants and products consumed
or produced in a reaction. The number of atoms, molecules, or formula units of a reactant or a product in a balanced chemical
equation is the coefficient of that species (e.g., the 4 preceding H,O in Equation 3.8.1). When no coefficient is written in front of a
species, the coefficient is assumed to be 1. As illustrated in Figure 3.8.4, the coefficients allow Equation 8.8.1 to be interpreted in

any of the following ways:

o Two NH," ions and one Cr,0,2" ion yield 1 formula unit of Cr,03, 1 N, molecule, and 4 H,O molecules.

¢ One mole of (NH,),Cr,0; yields 1 mol of Cr,03, 1 mol of N,, and 4 mol of H,O.

e Amass of 252 g of (NH,),Cr,05 yields 152 g of Cr,03, 28 g of N,, and 72 g of H,O.

o Atotal of 6.022 x 103 formula units of (NHy)2Cr,0y yields 6.022 x 10%3 formula units of Cr,03, 6.022 x 1023 molecules of Ny,
and 24.09 x 102 molecules of H,O.

G304
[ ]
. !b “ ‘//‘:-P - " ) (.‘ )
-4 —— ALY + o0 + M B
NHt @ NH,* -
(NH,),Cr,04(s) Cr,04(s) N5(g) 4H,0(g)
1 mol EEm— 1 mol * 1 mol + 4 mol
252¢g e 152 g t 28¢g 21
23 23 23 23
6.022 x 10 N 6.022 x 10 0 6.022 x 10 24.09x 10
formula units formula units molecules molecules

Figure 3.8.4: The Relationships among Moles, Masses, and Formula Units of Compounds in the Balanced Chemical Reaction for
the Ammonium Dichromate Volcano

Chemical equation: (N H 4) 2 Cr 2 O 7 dissociates into Cr 2 O 3, N 2, and H 2 O. Conversions are given between moles, mass,

and molecules.
These are all chemically equivalent ways of stating the information given in the balanced chemical equation, using the concepts of
the mole, molar or formula mass, and Avogadro’s number. The ratio of the number of moles of one substance to the number of
moles of another is called the mole ratio. For example, the mole ratio of H,O to N, in Equation 3.8.1 is 4:1. The total mass of
reactants equals the total mass of products, as predicted by Dalton’s law of conservation of mass:

252 g of (NH4)2Cr207
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yield
152 + 28 + 72 = 252 g of products.

The chemical equation does not, however, show the rate of the reaction (rapidly, slowly, or not at all) or whether energy in the form
of heat or light is given off. These issues are considered in more detail in later chapters.

An important chemical reaction was analyzed by Antoine Lavoisier, an 18th-century French chemist, who was interested in the
chemistry of living organisms as well as simple chemical systems. In a classic series of experiments, he measured the carbon
dioxide and heat produced by a guinea pig during respiration, in which organic compounds are used as fuel to produce energy,
carbon dioxide, and water. Lavoisier found that the ratio of heat produced to carbon dioxide exhaled was similar to the ratio
observed for the reaction of charcoal with oxygen in the air to produce carbon dioxide—a process chemists call combustion. Based
on these experiments, he proposed that “Respiration is a combustion, slow it is true, but otherwise perfectly similar to that of
charcoal.” Lavoisier was correct, although the organic compounds consumed in respiration are substantially different from those
found in charcoal. One of the most important fuels in the human body is glucose (CsH120¢), which is virtually the only fuel used in
the brain. Thus combustion and respiration are examples of chemical reactions.

v/ Example 3.8.2: Combustion of Glucose

The balanced chemical equation for the combustion of glucose in the laboratory (or in the brain) is as follows:
CgH1206 (S) + 60, (g) —6CO, (g) + 6H,0 (l)
Construct a table showing how to interpret the information in this equation in terms of

a. a single molecule of glucose.

b. moles of reactants and products.

c. grams of reactants and products represented by 1 mol of glucose.

d. numbers of molecules of reactants and products represented by 1 mol of glucose.

The combustion of a sugar cube consisting of sucrose with a similar reaction to the combustion of glucose. from Wikipedia.
Given: balanced chemical equation
Asked for: molecule, mole, and mass relationships
Strategy:

A. Use the coefficients from the balanced chemical equation to determine both the molecular and mole ratios.
B. Use the molar masses of the reactants and products to convert from moles to grams.
C. Use Avogadro’s number to convert from moles to the number of molecules.

Solution:

This equation is balanced as written: each side has 6 carbon atoms, 18 oxygen atoms, and 12 hydrogen atoms. We can therefore
use the coefficients directly to obtain the desired information.

a. One molecule of glucose reacts with 6 molecules of O, to yield 6 molecules of CO, and 6 molecules of H,O.
b. One mole of glucose reacts with 6 mol of O, to yield 6 mol of CO; and 6 mol of H>O.
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c. To interpret the equation in terms of masses of reactants and products, we need their molar masses and the mole ratios from
part b. The molar masses in grams per mole are as follows: glucose, 180.16; O,, 31.9988; CO», 44.010; and H,0O, 18.015.

mass of reactants = mass of products

g glucose + gO2 = gCO2 + g H,O

180.16 g

31.9988 ¢ )
1mol glucose

1mol glucose ( 1mol O,

)—|—6m0102(

44.010¢

= 6mol 002 (m

) +omotio ({20150 )

1 mol H,O
372.159g=372.15¢g

C One mole of glucose contains Avogadro’s number (6.022 x 10?%) of glucose molecules. Thus 6.022 x 10?3 glucose molecules
react with (6 x 6.022 x 1023) = 3.613 x 1024 oxygen molecules to yield (6 x 6.022 x 1023) = 3.613 x 1024 molecules each of
COZ and H20

In tabular form:

Solution to Example 3.1.2

CsH1206 (s) + 603 (5 - 6CO;3 (4 6H,0(
a. 1 molecule 6 molecules 6 molecules 6 molecules
b. 1 mol 6 mol 6 mol 6 mol
C. 180.16 g 191.9928 g 264.06 g 108.09 g
i 6.022 x 10% 3.613 x 102 3.613 x 10* 3.613 x 10*
molecules molecules molecules molecule

? Exercise 3.8.2: Ammonium Nitrate Explosion

Ammonium nitrate is a common fertilizer, but under the wrong conditions it can be hazardous. In 1947, a ship loaded with
ammonium nitrate caught fire during unloading and exploded, destroying the town of Texas City, Texas.

Ammonium nitrate can be hazardous. This aerial photograph of Texas City, Texas, shows the devastation caused by the
explosion of a shipload of ammonium nitrate on April 16, 1947. For a video click here.

The explosion resulted from the following reaction:
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2NH4NO; (s) = 2N, @t 4H20(g) + O, (9)

Construct a table showing how to interpret the information in the equation in terms of

a. individual molecules and ions.

b. moles of reactants and products.

c. grams of reactants and products given 2 mol of ammonium nitrate.

d. numbers of molecules or formula units of reactants and products given 2 mol of ammonium nitrate.

Answer:
Answer to Exercise 3.1.2
2NH.NOs 5 - 2N, () + 4H>0(, + 03 (9
2NH,4" ions
a. and 2NO3~ 2 molecules 4 molecules 1 molecule
ions
b. 2 mol 2 mol 4 mol 1 mol
C. 160.0864 g 56.0268 g 72.0608 g 31.9988 g
q 1.204 x 10% 1.204 x 10 2.409 x 10%* 6.022 x 102
) formula units molecules molecules molecules

Finding Mols and Masses of Reactants and Products Using Stoichiometric Factors (Mol Ratios):
[youtu.be]

Summary

A chemical reaction is described by a chemical equation that gives the identities and quantities of the reactants and the products. In
a chemical reaction, one or more substances are transformed to new substances. A chemical reaction is described by a chemical
equation, an expression that gives the identities and quantities of the substances involved in a reaction. A chemical equation shows
the starting compound(s)—the reactants—on the left and the final compound(s)—the products—on the right, separated by an
arrow. In a balanced chemical equation, the numbers of atoms of each element and the total charge are the same on both sides of
the equation. The number of atoms, molecules, or formula units of a reactant or product in a balanced chemical equation is the
coefficient of that species. The mole ratio of two substances in a chemical reaction is the ratio of their coefficients in the balanced
chemical equation.
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3.9: Organic Compounds

4b Learning Objectives

e To recognize the composition and properties typical of organic and inorganic compounds.

Organic substances have been used throughout this text to illustrate the differences between ionic and covalent bonding and to
demonstrate the intimate connection between the structures of compounds and their chemical reactivity. You learned, for example,

completely in water to produce a basic solution containing Na* and OH™ ions, whereas alcohols are covalent compounds that do
not dissociate in water and instead form neutral aqueous solutions. You also learned that an amine (RNH3), with its lone pairs of
electrons, is a base, whereas a carboxylic acid (RCO,H), with its dissociable proton, is an acid.

Scientists of the 18th and early 19th centuries studied compounds obtained from plants and animals and labeled them organic
because they were isolated from “organized” (living) systems. Compounds isolated from nonliving systems, such as rocks and ores,
the atmosphere, and the oceans, were labeled inorganic. For many years, scientists thought organic compounds could be made by
only living organisms because they possessed a vital force found only in living systems. The vital force theory began to decline in
1828, when the German chemist Friedrich Woéhler synthesized urea from inorganic starting materials. He reacted silver cyanate
(AgOCN) and ammonium chloride (NH,Cl), expecting to get ammonium cyanate (NH,OCN). What he expected is described by
the following equation.

AgOCN + NH,Cl — AgCl + NH,OCN (3.9.1)

Instead, he found the product to be urea (NH,CONH,), a well-known organic material readily isolated from urine. This result led to
a series of experiments in which a wide variety of organic compounds were made from inorganic starting materials. The vital force
theory gradually went away as chemists learned that they could make many organic compounds in the laboratory.

Today organic chemistry is the study of the chemistry of the carbon compounds, and inerganic chemistry is the study of the
chemistry of all other elements. It may seem strange that we divide chemistry into two branches—one that considers compounds of
only one element and one that covers the 100-plus remaining elements. However, this division seems more reasonable when we
consider that of tens of millions of compounds that have been characterized, the overwhelming majority are carbon compounds.

The word organic has different meanings. Organic fertilizer, such as cow manure, is organic in the original sense; it is derived
from living organisms. Organic foods generally are foods grown without synthetic pesticides or fertilizers. Organic chemistry
is the chemistry of compounds of carbon.

Carbon is unique among the other elements in that its atoms can form stable covalent bonds with each other and with atoms of
other elements in a multitude of variations. The resulting molecules can contain from one to millions of carbon atoms. We
previously surveyed organic chemistry by dividing its compounds into families based on functional groups. We begin with the
simplest members of a family and then move on to molecules that are organic in the original sense—that is, they are made by and
found in living organisms. These complex molecules (all containing carbon) determine the forms and functions of living systems
and are the subject of biochemistry.

Organic compounds, like inorganic compounds, obey all the natural laws. Often there is no clear distinction in the chemical or
physical properties among organic and inorganic molecules. Nevertheless, it is useful to compare typical members of each class, as
in Table 3.9.1.

Table 3.9.1: General Contrasting Properties and Examples of Organic and Inorganic Compounds
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Organic Hexane Inorganic NaCl
low melting points -95°C high melting points 801°C
low boiling points 69°C high boiling points 1,413°C

low solubility in water; high

insoluble in water; soluble in

greater solubility in water; low

soluble in water; insoluble in

solubility in nonpolar solvents gasoline solubility in nonpolar solvents gasoline
flammable highly flammable nonflammable nonflammable
aqueous solutions do not . aqueous solutions conduct L .
nonconductive conductive in aqueous solution

conduct electricity

exhibit covalent bonding

covalent bonds

electricity

exhibit ionic bonding

ionic bonds

Keep in mind, however, that there are exceptions to every category in this table. To further illustrate typical differences among
organic and inorganic compounds, Table 3.9.1 also lists properties of the inorganic compound sodium chloride (common table salt,
NaCl) and the organic compound hexane (CgH14), a solvent that is used to extract soybean oil from soybeans (among other uses).
Many compounds can be classified as organic or inorganic by the presence or absence of certain typical properties, as illustrated in
Table 3.9.1.

Key Takeaway

¢ Organic chemistry is the study of carbon compounds, nearly all of which also contain hydrogen atoms.

Hydrocarbons

4} Learning Objectives

o Identify alkanes, alkenes, alkynes, and aromatic compounds.
e List some properties of hydrocarbons.

The simplest organic compounds are those composed of only two elements: carbon and hydrogen. These compounds are called
hydrocarbons. Hydrocarbons themselves are separated into two types: aliphatic hydrocarbons and aromatic hydrocarbons.

Aliphatic hydrocarbons are hydrocarbons based on chains of C atoms. There are three types of aliphatic hydrocarbons. Alkanes
are aliphatic hydrocarbons with only single covalent bonds. Alkenes are hydrocarbons that contain at least one C—C double bond,
and Alkynes are hydrocarbons that contain a C—C triple bond. Occasionally, we find an aliphatic hydrocarbon with a ring of C
atoms; these hydrocarbons are called cycloalkanes (or cycloalkenes or cycloalkynes).

Aromatic hydrocarbons have a special six-carbon ring called a benzene ring. Electrons in the benzene ring have special energetic
properties that give benzene physical and chemical properties that are markedly different from alkanes. Originally, the term
aromatic was used to describe this class of compounds because they were particularly fragrant. However, in modern chemistry the
term aromatic denotes the presence of a six-membered ring that imparts different and unique properties to a molecule.

The simplest alkanes have their C atoms bonded in a straight chain; these are called normal alkanes. They are named according to
the number of C atoms in the chain. The smallest alkane is methane:

Figure 3.9.1 - Three-Dimensional Representation of Methane.
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Figure 3.9.1 Three-Dimensional Representation of Methane © Thinkstock. The methane molecule is three dimensional, with the H
atoms in the positions of the four corners of a tetrahedron.

The next-largest alkane has two C atoms that are covalently bonded to each other. For each C atom to make four covalent bonds,
each C atom must be bonded to three H atoms. The resulting molecule, whose formula is CoHg, is ethane:

H H
H—C—C—H
H H

Propane has a backbone of three C atoms surrounded by H atoms. You should be able to verify that the molecular formula for
propane is C3Hg:

The diagrams representing alkanes are called structural formulas because they show the structure of the molecule. As molecules
get larger, structural formulas become more and more complex. One way around this is to use a condensed structural formula,
which lists the formula of each C atom in the backbone of the molecule. For example, the condensed structural formula for ethane
is CH3CH3, while for propane it is CH3CHpCH3. Table 3.9.1 - The First 10 Alkanes, gives the molecular formulas, the condensed
structural formulas, and the names of the first 10 alkanes.

Table 3.9.1 The First 10 Alkanes

Molecular Formula Condensed Structural Formula Name
CH4 CH4 methane
C2Hg CH3CH3 ethane
C3Hsg CH3CH2CH3 propane
C4qH10 CH3CHpCHpCH3 butane
Cs5H12 CH3CH2CH2CH2CH3 pentane
CeH14 CH3(CH2)4CH3 hexane
C7H1g CH3(CHp)5CH3 heptane
Cg8H18 CH3(CH2)6CH3 octane
C9H20 CH3(CH2)7CH3 nonane
C10H22 CH3(CH2)8CH3 decane
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Because alkanes have the maximum number of H atoms possible according to the rules of covalent bonds, alkanes are also referred
to as saturated hydrocarbons.

Alkenes have a C—C double bond. Because they have less than the maximum number of H atoms possible, they are unsaturated
hydrocarbons. The smallest alkene—ethene—has two C atoms and is also known by its common name ethylene:

I—H—I
L—fe—

The next largest alkene—propene—has three C atoms with a C-C double bond between two of the C atoms. It is also known as
propylene:

What do you notice about the names of alkanes and alkenes? The names of alkenes are the same as their corresponding alkanes
except that the ending is -ene, rather than -ane. Using a stem to indicate the number of C atoms in a molecule and an ending to
represent the type of organic compound is common in organic chemistry, as we shall see.

With the introduction of the next alkene, butene, we begin to see a major issue with organic molecules: choices. With four C atoms,
the C—C double bond can go between the first and second C atoms or between the second and third C atoms:

Ty
I“—"T—I
e

H
I
B
|
H

I—M—>I

|
=c| —H H—T—
H H

I—n
L")

2 structural formulas for butene, with the first butene having the double bond on the first and second carbon from the left and the
latter having its double bond on the second and third carbon from the left.

(A double bond between the third and fourth C atoms is the same as having it between the first and second C atoms, only flipped
over.) The rules of naming in organic chemistry require that these two substances have different names. The first molecule is named
1-butene, while the second molecule is named 2-butene. The number at the beginning of the name indicates where the double bond
originates. The lowest possible number is used to number a feature in a molecule; hence, calling the second molecule 3-butene
would be incorrect. Numbers are common parts of organic chemical names because they indicate which C atom in a chain contains
a distinguishing feature.

The compounds 1-butene and 2-butene have different physical and chemical properties, even though they have the same molecular
formula—Cy4Hg. Different molecules with the same molecular formula are called isomers. Isomers are common in organic
chemistry and contribute to its complexity.

v/ Example 3.9.1

Based on the names for the butene molecules, propose a name for this molecule.

H H H
H—CI—C|=T—+—C|—H
U

A structural formula of a five carbon molecule with a double bond on the third and fourth carbon from the left. There are ten
hydrogen atoms in total.
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Solution
With five C atoms, we will use the pent- stem, and with a C—C double bond, this is an alkene, so this molecule is a pentene. In
numbering the C atoms, we use the number 2 because it is the lower possible label. So this molecule is named 2-pentene.

? Exercise 3.9.1

Based on the names for the butene molecules, propose a name for this molecule.

H H H H
B O
NN

A structural formula of a six carbon molecule with a double bond on the third and fourth carbon from the left. There are twelve
hydrogen atoms in total.

Answer

3-hexene

Alkynes, with a C—C triple bond, are named similarly to alkenes except their names end in -yne. The smallest alkyne is ethyne,
which is also known as acetylene:

H—C==C—H

Propyne has the structure

H
H—C=(C—C—H
H

Structural formula showing three carbon molecules with a triple bond present between the first and second carbon atom. The
appropriate number of hydrogen atoms is attached to each carbon atom.

With butyne, we need to start numbering the position of the triple bond, just as we did with alkenes:

H H H H
H—ZC EC—CI—C—H H—l—CE —CI—H
. L L
1-butyne 2-butyne

Two structural formula of butyne. One butyne has a triple bond between the first and second carbon atom, while two butyne has the
triple bond between the second and third carbon atom.

Aromatic compounds contain the benzene unit. Benzene itself is composed of six C atoms in a ring, with alternating single and
double C—C bonds:
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The six carbons are arranged in a hexagon pattern with one hydrogen atom emerging outwards from each carbon atom. The
presence of a double bond is alternated between every other carbon atom.

The alternating single and double C—C bonds give the benzene ring a special stability, and it does not react like an alkene as might
be suspected. Benzene has the molecular formula CgHg; in larger aromatic compounds, a different atom replaces one or more of
the H atoms.

As fundamental as hydrocarbons are to organic chemistry, their properties and chemical reactions are rather mundane. Most
hydrocarbons are nonpolar because of the close electronegativities of the C and H atoms. As such, they dissolve only sparingly in
H20 and other polar solvents. Small hydrocarbons, such as methane and ethane, are gases at room temperature, while larger
hydrocarbons, such as hexane and octane, are liquids. Even larger hydrocarbons are solids at room temperature and have a soft,
waxy consistency.

Hydrocarbons are rather unreactive, but they do participate in some classic chemical reactions. One common reaction is
substitution with a halogen atom by combining a hydrocarbon with an elemental halogen. Light is sometimes used to promote the
reaction, such as this one between methane and chlorine:

light
CH4+Cly, = CH3Cl+ HCI
Halogens can also react with alkenes and alkynes, but the reaction is different. In these cases, the halogen reacts with the C—C
double or triple bond and inserts itself onto each C atom involved in the multiple bonds. This reaction is called an addition
reaction. One example is

ca d

CH,=CH,+Cl, — H—C—C—H

H H
Structural formula showing the reaction of ethylene with a chlorine molecule to form ethylene dichloride.
The reaction conditions are usually mild; in many cases, the halogen reacts spontaneously with an alkene or an alkyne.
Hydrogen can also be added across a multiple bond; this reaction is called a hydrogenation reaction. In this case, however, the

reaction conditions may not be mild; high pressures of Hy gas may be necessary. A platinum or palladium catalyst is usually
employed to get the reaction to proceed at a reasonable pace:

CHy = CHy + Hy, "3 CH,CH,
By far the most common reaction of hydrocarbons is combustion, which is the combination of a hydrocarbon with O2 to make
CO2 and H20. The combustion of hydrocarbons is accompanied by a release of energy and is a primary source of energy
production in our society (Figure 3.9.2 - Combustion). The combustion reaction for gasoline, for example, which can be represented
by C8H1s8, is as follows:

2CgH3 + 2504 — 16CO; + 18 Ho0+ ~ 5060kJ
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Figure 3.9.2 Combustion © Thinkstock. The combustion of hydrocarbons is a primary source of energy in our society.

Key Takeaways

e The simplest organic compounds are hydrocarbons and are composed of carbon and hydrogen.
e Hydrocarbons can be aliphatic or aromatic; aliphatic hydrocarbons are divided into alkanes, alkenes, and alkynes.
e The combustion of hydrocarbons is a primary source of energy for our society.

? Exercise 3.9.2

1. Define hydrocarbon. What are the two general types of hydrocarbons?
2. What are the three different types of aliphatic hydrocarbons? How are they defined?
3. Indicate whether each molecule is an aliphatic or an aromatic hydrocarbon; if aliphatic, identify the molecule as an alkane,
an alkene, or an alkyne.
L]
T
H H H H
a.
|
H—T—H
R
C G
g T/ Ry
H
b.
L0
H—~(|: —C==C ——(|: —H
H H
c.
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4. Indicate whether each molecule is an aliphatic or an aromatic hydrocarbon; if aliphatic, identify the molecule as an alkane,
an alkene, or an alkyne.

H H
D S SN
I |
a H H
H H
ooy
G C C
W N N Ny
| |
b. H H
H H
||
a—@
||
c H H

5. Indicate whether each molecule is an aliphatic or an aromatic hydrocarbon; if aliphatic, identify the molecule as an alkane,
an alkene, or an alkyne.

H H

A 74

C

H—C —C—H

d.
H
X
C
A
b H/ \H
I
H C H
W W
1o
CH3/ \‘Cf \‘CH3
. L

6. Indicate whether each molecule is an aliphatic or an aromatic hydrocarbon; if aliphatic, identify the molecule as an alkane,
an alkene, or an alkyne.
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H
H H
H ‘ H
H H

c.
7. Name and draw the structural formulas for the four smallest alkanes.
8. Name and draw the structural formulas for the four smallest alkenes.
9. What does the term aromatic imply about an organic molecule?
10. What does the term normal imply when used for alkanes?
11. Explain why the name 1-propene is incorrect. What is the proper name for this molecule?
12. Explain why the name 3-butene is incorrect. What is the proper name for this molecule?
13. Name and draw the structural formula of each isomer of pentene.
14. Name and draw the structural formula of each isomer of hexyne.
15. Write a chemical equation for the reaction between methane and bromine.
16. Write a chemical equation for the reaction between ethane and chlorine.
17. Draw the structure of the product of the reaction of bromine with propene.
18. Draw the structure of the product of the reaction of chlorine with 2-butene.
19. Draw the structure of the product of the reaction of hydrogen with 1-butene.
20. Draw the structure of the product of the reaction of hydrogen with 1-butene.
21. Write the balanced chemical equation for the combustion of heptane.
22. Write the balanced chemical equation for the combustion of nonane.

Nov 27, 2021, 2:38 PM

Answers
1. an organic compound composed of only carbon and hydrogen; aliphatic hydrocarbons and aromatic hydrocarbons

2.

3. a. aliphatic; alkane

. aromatic

Nn o o

. aliphatic; alkene

. aliphatic; alkane
. aliphatic; alkene

o o

c. aromatic
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H
H—C:—H Methane
H
H H
H—Cl—l—H Ethane
]
H H
H H H
|1
H—C—C—C—H Propane
L
H H H
H H H H
H—l—(l—cl—l—H Butane
R R A
. H H H H
8.
9. Aromatic means that the molecule has a benzene ring.
10.
11. The 1 is not necessary. The name of the compound is simply propene.
12.
H H H
H—C:C—l—(lz—C|—H 1-Pentene
R A
H H H H H
H H H
H—l—c=c—l—(|:—H 2-Pentene
R A A
H H H H H
13.
14.
15. CH4 + Brp — CH3Br + HBr
16.
Tr Br H
H—C—i—l—H
T
H H H
17.
18.
H H H H
19. H H H H
20.

21.C7H16 + 1102 - 7CO2 + 8H20
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3.9: Organic Compounds is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.

¢ 24.1: General Characteristics of Organic Molecules is licensed CC BY-NC-SA 3.0.
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CHAPTER OVERVIEW

4: Chemical Reactions and Aqueous Reactions
Template:HideTOC

4.1: How Much Carbon Dioxide?
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4.3: Solution Concentration and Solution Stoichiomentry
4.4: Types of Aqueous Solutions and Solubility

4.5: Precipitation Reactions

4.6: Acid-Base and Gas-Evolution Reactions

4.7: Oxidation-Reduction Reactions

Thumbnail: Copper from a wire is displaced by silver in a silver nitrate solution it is dipped into, and solid silver precipitates out.
(CC BY-SA 3.0 au; Toby Hudson via Wikipedia).
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4.1: How Much Carbon Dioxide?

4b Learning Objectives

o Explain the concept of stoichiometry as it pertains to chemical reactions
e Use balanced chemical equations to derive stoichiometric factors relating amounts of reactants and products
o Perform stoichiometric calculations involving mass, moles, and solution molarity

A balanced chemical equation provides a great deal of information in a very succinct format. Chemical formulas provide the
identities of the reactants and products involved in the chemical change, allowing classification of the reaction. Coefficients
provide the relative numbers of these chemical species, allowing a quantitative assessment of the relationships between the
amounts of substances consumed and produced by the reaction. These quantitative relationships are known as the reaction’s
stoichiometry, a term derived from the Greek words stoicheion (meaning “element”) and metron (meaning “measure”). In this
module, the use of balanced chemical equations for various stoichiometric applications is explored.

The general approach to using stoichiometric relationships is similar in concept to the way people go about many common
activities. Cooking, for example, offers an appropriate comparison. Suppose a recipe for making eight pancakes calls for 1 cup

pancake mix, % cup milk, and one egg. The “equation” representing the preparation of pancakes per this recipe is

1 cup mix + % cup milk + 1 egg — 8 pancakes (4.1.1)

If two dozen pancakes are needed for a big family breakfast, the ingredient amounts must be increased proportionally according to
the amounts given in the recipe. For example, the number of eggs required to make 24 pancakes is

24pnea‘lﬁ X _ lese _ 3 eggs (4.1.2)
8 yneﬂ:ke/s
Balanced chemical equations are used in much the same fashion to determine the amount of one reactant required to react with a
given amount of another reactant, or to yield a given amount of product, and so forth. The coefficients in the balanced equation are
used to derive stoichiometric factors that permit computation of the desired quantity. To illustrate this idea, consider the production
of ammonia by reaction of hydrogen and nitrogen:

N2(g) + 3 Hz(g) — 2NHs(g) (4.1.3)

This equation shows that ammonia molecules are produced from hydrogen molecules in a 2:3 ratio, and stoichiometric factors may
be derived using any amount (number) unit:

2N H3 molecules o 2 doz NH3 molecules o 2 mol NH3 molecules
3H2 molecules T 3 doz H2 molecules r 3 mol H2 molecules

(4.1.4)

These stoichiometric factors can be used to compute the number of ammonia molecules produced from a given number of
hydrogen molecules, or the number of hydrogen molecules required to produce a given number of ammonia molecules. Similar
factors may be derived for any pair of substances in any chemical equation.

v Example 4.1.1: Moles of Reactant Required in a Reaction

How many moles of I, are required to react with 0.429 mol of Al according to the following equation (see Figure 4.1.2)?

2A1+ 31, — 2Allg (4.1.5)
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Figure 4.1.1: Aluminum and iodine react to produce aluminum iodide. The heat of the reaction vaporizes some of the solid
iodine as a purple vapor. (credit: modification of work by Mark Ott)

Three pictures showing the progression of the reaction between iodine and aluminum. The first diagram shows only a pile of
silver powder while the second diagram shows small amount of vapor forming. The final picture shows a large release of
purple vapor.

Solution

3 mol 12

Referring to the balanced chemical equation, the stoichiometric factor relating the two substances of interest is Smol Al°

The
molar amount of iodine is derived by multiplying the provided molar amount of aluminum by this factor:

Moles of Al

mol I; = 0.429 metAT x —=oll2

2 meltAl

Moles of I,

Stoichiometric
factor

=0.644 mol I,

? Exercise 4.1.1

How many moles of Ca(OH); are required to react with 1.36 mol of H3PO,4 to produce Caz(POy); according to the equation
3 Ca(OH)z + 2H3P0O, — Ca3(PO4)2 +6H,0?
Answer

2.04 mol

v/ Example 4.1.2: Number of Product Molecules Generated by a Reaction

How many carbon dioxide molecules are produced when 0.75 mol of propane is combusted according to this equation?
C3Hg +502 — 3CO2 +4H0 (4.1.6)

Solution

The approach here is the same as for Example 4.1.1, though the absolute number of molecules is requested, not the number of
moles of molecules. This will simply require use of the moles-to-numbers conversion factor, Avogadro’s number.

The balanced equation shows that carbon dioxide is produced from propane in a 3:1 ratio:
\[\ce{\dfrac{3\: mol\: CO2}{1\: mol\: C3H8}} \label{4.4.7} \]

Using this stoichiometric factor, the provided molar amount of propane, and Avogadro’s number,

Moles of C3Hg Moles of CO, ?:ﬂgecules of
Avogadro's 2

number
0.75 /oLe’Fr 3 9.01»60; 6.022 x 102 CO, molecules
s 1 mol@sHy 8 mol €0,
m sHg 2

= 1.4 x 10?* CO4 molecules

Stoichiometric
factor

(4.1.7)
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How many NH3 molecules are produced by the reaction of 4.0 mol of Ca(OH), according to the following equation:

(NH,4)2SO4 + Ca(OH), — 2NHj3 + CaSO4 + 2H0 (4.1.8)

Answer

4.8 x 10%* NH; molecules

These examples illustrate the ease with which the amounts of substances involved in a chemical reaction of known stoichiometry
may be related. Directly measuring numbers of atoms and molecules is, however, not an easy task, and the practical application of
stoichiometry requires that we use the more readily measured property of mass.

v/ Example 4.1.3: Relating Masses of Reactants and Products

What mass of sodium hydroxide, NaOH, would be required to produce 16 g of the antacid milk of magnesia [magnesium
hydroxide, Mg(OH),] by the following reaction?

MgCly(aq) + 2NaOH(ag) = Mg(OH)z(s) + 2NaCl(ag)
Solution

The approach used previously in Examples 4.1.1 and 4.1.2 is likewise used here; that is, we must derive an appropriate
stoichiometric factor from the balanced chemical equation and use it to relate the amounts of the two substances of interest. In this
case, however, masses (not molar amounts) are provided and requested, so additional steps of the sort learned in the previous
chapter are required. The calculations required are outlined in this flowchart:

Moles of

Molar mass Mg(OH)

Stoichiometric
factor

A

Mass of NaOH Maoles of NaOH
Molar mass

1 molMg(OH); 2 yolNaOH

16 g Mg(OH); x x x 200gNaOH _ ) NaoH
58.3 gMg(OH); 1 molMg(OH);  molNaOH

? Exercise 4.1.3

What mass of gallium oxide, Ga,Os3, can be prepared from 29.0 g of gallium metal? The equation for the reaction is
4Ga+ 302 — 2Gay03.

Answer

39.0¢g

v/ Example 4.1.4: Relating Masses of Reactants

What mass of oxygen gas, O,, from the air is consumed in the combustion of 702 g of octane, CgH;g, one of the principal
components of gasoline?

2CgH1s +2505; — 16 COs + 18 H,0O
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Solution

The approach required here is the same as for the Example 4.1.3, differing only in that the provided and requested masses are
both for reactant species.

Mass of
CgHig

Molar mass

Stoichiometric
factor

Mass of O, Moles of O,

Molar mass

- — 1M y 25901'(7? g 32.00g O,
11423 gCeHis 2 molCsll;;  mokO;

=2.46 x 10 g O,

? Exercise 4.1.4

What mass of CO is required to react with 25.13 g of Fe,O5 according to the equation Fe;Q3 +3CO — 2Fe + 3 CO2?

Answer

1322 ¢g

These examples illustrate just a few instances of reaction stoichiometry calculations. Numerous variations on the beginning and
ending computational steps are possible depending upon what particular quantities are provided and sought (volumes, solution
concentrations, and so forth). Regardless of the details, all these calculations share a common essential component: the use of
stoichiometric factors derived from balanced chemical equations. Figure 4.1.2 provides a general outline of the various
computational steps associated with many reaction stoichiometry calculations.
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‘olume Volume

of pure of pure
substance substance
A B

Density

Volume . Volume
of of
solution solution

A B

Number
of of

particles particles
of A of B

Figure 4.1.2: The flowchart depicts the various computational steps involved in most reaction stoichiometry calculations.

Schematic flowchart showing how density is used for converting volume of pure substance to mass, molar mass for mass and
moles, molarity for moles and volume of solution, Avogadro's number for moles and number of particles, and stoichiometric factor
for relating moles of one substance to another.

Airbags (Figure 4.1.3) are a safety feature provided in most automobiles since the 1990s. The effective operation of an airbag
requires that it be rapidly inflated with an appropriate amount (volume) of gas when the vehicle is involved in a collision. This
requirement is satisfied in many automotive airbag systems through use of explosive chemical reactions, one common choice
being the decomposition of sodium azide, NaN3. When sensors in the vehicle detect a collision, an electrical current is passed
through a carefully measured amount of NaNj to initiate its decomposition:

2NaN3(s) — 3N3(g) + 2Na(s)

This reaction is very rapid, generating gaseous nitrogen that can deploy and fully inflate a typical airbag in a fraction of a second
(~0.03-0.1 s). Among many engineering considerations, the amount of sodium azide used must be appropriate for generating
enough nitrogen gas to fully inflate the air bag and ensure its proper function. For example, a small mass (~100 g) of NaN5 will
generate approximately 50 L of N».
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Figure 4.1.3: Airbags deploy upon impact to minimize serious injuries to passengers. (credit: Jon Seidman)

Summary

A balanced chemical equation may be used to describe a reaction’s stoichiometry (the relationships between amounts of reactants
and products). Coefficients from the equation are used to derive stoichiometric factors that subsequently may be used for
computations relating reactant and product masses, molar amounts, and other quantitative properties.

Glossary

stoichiometric factor
ratio of coefficients in a balanced chemical equation, used in computations relating amounts of reactants and products

stoichiometry
relationships between the amounts of reactants and products of a chemical reaction

4.1: How Much Carbon Dioxide? is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.

e 4.4: Reaction Stoichiometry by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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4.2: Limiting Reactant, Theoretical Yield, and Percent Yield

4b Learning Objectives

e To understand the concept of limiting reactants and quantify incomplete reactions

In all the examples discussed thus far, the reactants were assumed to be present in stoichiometric quantities. Consequently, none of
the reactants was left over at the end of the reaction. This is often desirable, as in the case of a space shuttle, where excess oxygen
or hydrogen was not only extra freight to be hauled into orbit but also an explosion hazard. More often, however, reactants are
present in mole ratios that are not the same as the ratio of the coefficients in the balanced chemical equation. As a result, one or
more of them will not be used up completely but will be left over when the reaction is completed. In this situation, the amount of
product that can be obtained is limited by the amount of only one of the reactants. The reactant that restricts the amount of product
obtained is called the limiting reactant. The reactant that remains after a reaction has gone to completion is in excess.

Consider a nonchemical example. Assume you have invited some friends for dinner and want to bake brownies for dessert. You
find two boxes of brownie mix in your pantry and see that each package requires two eggs. The balanced equation for brownie
preparation is thus

1box mix + 2eggs — 1 batch brownies (4.2.1)

If you have a dozen eggs, which ingredient will determine the number of batches of brownies that you can prepare? Because each
box of brownie mix requires two eggs and you have two boxes, you need four eggs. Twelve eggs is eight more eggs than you need.
Although the ratio of eggs to boxes in is 2:1, the ratio in your possession is 6:1. Hence the eggs are the ingredient (reactant) present
in excess, and the brownie mix is the limiting reactant. Even if you had a refrigerator full of eggs, you could make only two batches
of brownies.

Reactants Products
2 boxes mix + 12 eggs 2 batches brownies + 8 eggs
(limiting reactant) (reactant present

in excess)

Figure 4.2.1: The Concept of a Limiting Reactant in the Preparation of Brownies

Reactants: 2 boxes of brownie mix + 12 eggs produces 2 batches of brownies + 8 eggs. Brownie mix is the limiting reactant. Eggs
are the reactant present in excess.
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Introduction to Limiting Reactant Problems: [ntroduction to Limiting Reactant Problems, YouTube(opens in new window)
[youtu.be]

Now consider a chemical example of a limiting reactant: the production of pure titanium. This metal is fairly light (45% lighter
than steel and only 60% heavier than aluminum) and has great mechanical strength (as strong as steel and twice as strong as
aluminum). Because it is also highly resistant to corrosion and can withstand extreme temperatures, titanium has many applications
in the aerospace industry. Titanium is also used in medical implants and portable computer housings because it is light and resistant
to corrosion. Although titanium is the ninth most common element in Earth’s crust, it is relatively difficult to extract from its ores.
In the first step of the extraction process, titanium-containing oxide minerals react with solid carbon and chlorine gas to form
titanium tetrachloride (TiCls) and carbon dioxide.

TiO4(s) + Cla(g) — TiCls(g) + CO2(g)
Titanium tetrachloride is then converted to metallic titanium by reaction with molten magnesium metal at high temperature:
TiCly(g) +2 Mg(l) — Ti(s) +2 MgCly(1) (4.2.2)

Because titanium ores, carbon, and chlorine are all rather inexpensive, the high price of titanium (about $100 per kilogram) is
largely due to the high cost of magnesium metal. Under these circumstances, magnesium metal is the limiting reactant in the
production of metallic titanium.

Figure 4.2.2: Medical use of titanium. Here is an example of its successful use in joint replacement implants. An A-P X-ray of a
pelvis showing a total hip joint replacement. The right hip joint (on the left in the photograph) has been replaced. A metal
prostheses is cemented in the top of the right femur and the head of the femur has been replaced by the rounded head of the
prosthesis. Figure courtesy of NIH (NIADDK) 9A04 (Connie Raab)

With 1.00 kg of titanium tetrachloride and 200 g of magnesium metal, how much titanium metal can be produced according to

Equation 4.2.2?

X Solving this type of problem requires that you carry out the following steps

1. Determine the number of moles of each reactant.

2. Compare the mole ratio of the reactants with the ratio in the balanced chemical equation to determine which reactant is
limiting.

3. Calculate the number of moles of product that can be obtained from the limiting reactant.

4. Convert the number of moles of product to mass of product.

Step 1: To determine the number of moles of reactants present, calculate or look up their molar masses: 189.679 g/mol for
titanium tetrachloride and 24.305 g/mol for magnesium. The number of moles of each is calculated as follows:

https://chem.libretexts.org/@go/page/472300
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mass TiCly
‘molar mass TiCly
1mol TiCly
189.679 ¢’ TiCl4

= 5.272mol TiCly (4.2.3)
mass Mg
molar mass Mg
1 mol Mg
24.305 g Mg

= 8.23 mol Mg (4.2.4)

moles TiCly =

= 1000 g TiCly x

moles Mg =

=200 g Mg x

Step 2: There are more moles of magnesium than of titanium tetrachloride, but the ratio is only the following:

molMg  8.23mol — 156
mol TiCly ~ 5.272mol ~

Because the ratio of the coefficients in the balanced chemical equation is,

2mol Mg

1molTiCly ~

there is not have enough magnesium to react with all the titanium tetrachloride. If this point is not clear from the mole ratio,
calculate the number of moles of one reactant that is required for complete reaction of the other reactant. For example, there
are 8.23 mol of Mg, so (8.23 + 2) = 4.12 mol of TiCl are required for complete reaction. Because there are 5.272 mol of
TiCly, titanium tetrachloride is present in excess. Conversely, 5.272 mol of TiCls requires 2 x 5.272 = 10.54 mol of Mg, but
there are only 8.23 mol. Therefore, magnesium is the limiting reactant.

Step 3: Because magnesium is the limiting reactant, the number of moles of magnesium determines the number of moles of
titanium that can be formed:

1 Ti
mol Ti = 8.23 mol Mg = #ollMlg = 4.12mol Ti

Thus only 4.12 mol of Ti can be formed.

Step 4. To calculate the mass of titanium metal that can obtain, multiply the number of moles of titanium by the molar mass
of titanium (47.867 g/mol):

moles Ti = mass Ti X molar mass Ti

47.867¢g Ti

= 4.12mol Ti x =209 21
mol Ti X =TT

=197gTi
Here is a simple and reliable way to identify the limiting reactant in any problem of this sort:

1. Calculate the number of moles of each reactant present: 5.272 mol of TiCl, and 8.23 mol of Mg.
2. Divide the actual number of moles of each reactant by its stoichiometric coefficient in the balanced chemical equation:

TiCl, - 5.272mol (a,f:tua,l) _59m
1mol (stoich)
2
Mg 8.23 mol (ac.tual) 412
2mol (stoich)

3. The reactant with the smallest mole ratio is limiting. Magnesium, with a calculated stoichiometric mole ratio of 4.12, is the
limiting reactant.

Density is the mass per unit volume of a substance. If we are given the density of a substance, we can use it in stoichiometric
calculations involving liquid reactants and/or products, as Example 4.2.1 demonstrates.
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v/ Example 4.2.1: Fingernail Polish Remover

Ethyl acetate (CH3CO»C,Hs) is the solvent in many fingernail polish removers and is used to decaffeinate coffee beans and tea
leaves. It is prepared by reacting ethanol (CsHsOH) with acetic acid (CH3CO»H); the other product is water. A small amount of
sulfuric acid is used to accelerate the reaction, but the sulfuric acid is not consumed and does not appear in the balanced
chemical equation. Given 10.0 mL each of acetic acid and ethanol, how many grams of ethyl acetate can be prepared from this
reaction? The densities of acetic acid and ethanol are 1.0492 g/mL and 0.7893 g/mL, respectively.

0
I

CH;—C—0—CH,CH,

Ethyl acetate

Given: reactants, products, and volumes and densities of reactants
Asked for: mass of product
Strategy:

A. Balance the chemical equation for the reaction.

B. Use the given densities to convert from volume to mass. Then use each molar mass to convert from mass to moles.

C. Using mole ratios, determine which substance is the limiting reactant. After identifying the limiting reactant, use mole
ratios based on the number of moles of limiting reactant to determine the number of moles of product.

D. Convert from moles of product to mass of product.

Solution:
A Always begin by writing the balanced chemical equation for the reaction:
CyHsOH (1) + CH3COsH (aq) — CH3CO2CyHj (aq) + H,0 (1)

B We need to calculate the number of moles of ethanol and acetic acid that are present in 10.0 mL of each. Recall that the
density of a substance is the mass divided by the volume:

. mass
density = ————
volume

Rearranging this expression gives mass = (density)(volume). We can replace mass by the product of the density and the volume
to calculate the number of moles of each substance in 10.0 mL (remember, 1 mL = 1 cm®):
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mass CoH;OH
molar mass C;H;OH
_ (volume C;H50H) x (density CoH;OH)
- molar mass CoHsOH
0.7893 g C,H;OH 1mol CsH;OH
X
1},{[021{50}1 46.07 g C;H5;0H

moles CoH;OH =

= 10.0 gl CyH50H x

= 0.171 mol C,H5;0H

mass CH3COsH
molar mass CH;CO,H

_ (volume CH3CO.H) x (density CH3CO.H)
- molar mass CH;CO,H
1.0492/ CH3002H 1mol CH3002H
X
1 gl CH3CO.H 60.05 g CH3CO.H

moles CH3COH =

=10.0 g1 CH3CO.H x

= 0.175mol CH3CO,H

C The number of moles of acetic acid exceeds the number of moles of ethanol. Because the reactants both have coefficients of
1 in the balanced chemical equation, the mole ratio is 1:1. We have 0.171 mol of ethanol and 0.175 mol of acetic acid, so
ethanol is the limiting reactant and acetic acid is in excess. The coefficient in the balanced chemical equation for the product
(ethyl acetate) is also 1, so the mole ratio of ethanol and ethyl acetate is also 1:1. This means that given 0.171 mol of ethanol,
the amount of ethyl acetate produced must also be 0.171 mol:

1 mol ethyl acetate
1 mol ethanol

1mol CH;;COngHs
1mol 02H50H

moles ethyl acetate = mol ethanol x

= 0.171mol 02H50H X

= 0.171 mol CH3002C2H5
D The final step is to determine the mass of ethyl acetate that can be formed, which we do by multiplying the number of moles
by the molar mass:

mass of ethyl acetate = mol ethyl acetate x molar mass ethyl acetate

88.11 gCH3C0202H5
1mol CH300202H5

=0.171mol CH300202H5 X

=15.1g CH3CO,;C3H;

Thus 15.1 g of ethyl acetate can be prepared in this reaction. If necessary, you could use the density of ethyl acetate (0.9003
g/cm3) to determine the volume of ethyl acetate that could be produced:

1ml CH300202H5

I f ethyl =15.1gCH H
volume of ethyl acetate 5.1 gCH3CO,CoH; x 0.9003 g CHyCO,C,H;

=16.8ml CH300202H5

? Exercise 4.2.1

Under appropriate conditions, the reaction of elemental phosphorus and elemental sulfur produces the compound P,S;9. How
much P,8), can be prepared starting with 10.0 g of P4 and 30.0 g of Sg?

Answer

359g
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Determining the Limiting Reactant and Theoretical Yield for a Reaction:

[youtu.be]

Limiting Reactants in Solutions

The concept of limiting reactants applies to reactions carried out in solution as well as to reactions involving pure substances. If all
the reactants but one are present in excess, then the amount of the limiting reactant may be calculated as illustrated in Example
4.2.2.

v/ Example 4.2.2: Breathalyzer reaction

Because the consumption of alcoholic beverages adversely affects the performance of tasks that require skill and judgment, in
by volume is considered legally drunk. Higher levels cause acute intoxication (0.20%), unconsciousness (about 0.30%), and
even death (about 0.50%). The Breathalyzer is a portable device that measures the ethanol concentration in a person’s breath,
which is directly proportional to the blood alcohol level. The reaction used in the Breathalyzer is the oxidation of ethanol by
the dichromate ion:

3CH; CH, OH (aq) + 2 Crs O7% (ag)

yellow—orange
+16H" (aq) —2£» 3 CH;CO,H (aq) + 4Cr* (ag) + 11 H,0 (1)
H,S04 (aq) green

When a measured volume (52.5 mL) of a suspect’s breath is bubbled through a solution of excess potassium dichromate in
dilute sulfuric acid, the ethanol is rapidly absorbed and oxidized to acetic acid by the dichromate ions. In the process, the
chromium atoms in some of the CryO72~ ions are reduced from Cr®" to Cr®*. In the presence of Ag" ions that act as a catalyst,
the reaction is complete in less than a minute. Because the Cry072 ion (the reactant) is yellow-orange and the Cr*>" ion (the
product) forms a green solution, the amount of ethanol in the person’s breath (the limiting reactant) can be determined quite
accurately by comparing the color of the final solution with the colors of standard solutions prepared with known amounts of

ethanol.
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A Breathalyzer reaction with a test tube before (a) and after (b) ethanol is added. When a measured volume of a suspect’s
breath is bubbled through the solution, the ethanol is oxidized to acetic acid, and the solution changes color from yellow-
orange to green. The intensity of the green color indicates the amount of ethanol in the sample.
A typical Breathalyzer ampul contains 3.0 mL of a 0.25 mg/mL solution of K>Cr,O7 in 50% HSO,4 as well as a fixed
concentration of AgNOj (typically 0.25 mg/mL is used for this purpose). How many grams of ethanol must be present in 52.5
mL of a person’s breath to convert all the Cr®* to Cr3*?

Given: volume and concentration of one reactant

Asked for: mass of other reactant needed for complete reaction

Strategy:

A. Calculate the number of moles of Cr;07%~ ion in 1 mL of the Breathalyzer solution by dividing the mass of KyCr,07 by its
molar mass.

B. Find the total number of moles of Cr02~ ion in the Breathalyzer ampul by multiplying the number of moles contained in
1 mL by the total volume of the Breathalyzer solution (3.0 mL).

C. Use the mole ratios from the balanced chemical equation to calculate the number of moles of C;HsOH needed to react
completely with the number of moles of Cr,0,2~ions present. Then find the mass of C,H;OH needed by multiplying the
number of moles of C,HsOH by its molar mass.

Solution:

A In any stoichiometry problem, the first step is always to calculate the number of moles of each reactant present. In this case,

we are given the mass of KoCryOy7 in 1 mL of solution, which can be used to calculate the number of moles of K,Cr,O7
contained in 1 mL:

moles KoCroOy
1mL
_ (0.25}&_(]/}-{207‘207) l/g/ 1 mol _385 10_7 .
= mL 1000 mg ) \ 20418 g K;Cry07 ) ~ 07 MO

B Because 1 mol of KyCr,O7 produces 1 mol of Cry07%~ when it dissolves, each milliliter of solution contains 8.5 x 1077 mol
of Cr,0O7°". The total number of moles of Cr,O5°~ in a 3.0 mL Breathalyzer ampul is thus

8.5 x 1077 mol
1 }nf

C The balanced chemical equation tells us that 3 mol of C;HsOH is needed to consume 2 mol of Cr,0,%~ ion, so the total

number of moles of CyHsOH required for complete reaction is

moles of CoH5OH = (2.6 x 1078 mol Crz07% ) (M)
2wLGrgO?2f

moles Cr,03~ = ( ) (3.0 grd)) = 2.6 x 10~¢ mol Cry0%

= 3.9 x 1075 mol C,H;OH

As indicated in the strategy, this number can be converted to the mass of C,H;OH using its molar mass:
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46.07 g
‘mol C7H;0H

Thus 1.8 x 107 g or 0.18 mg of C,HsOH must be present. Experimentally, it is found that this value corresponds to a blood
alcohol level of 0.7%, which is usually fatal.

? Exercise 4.2.2

The compound para-nitrophenol (molar mass = 139 g/mol) reacts with sodium hydroxide in aqueous solution to generate a
yellow anion via the reaction

OZN—@OH{aQ) +NaOH(aq) —> 02N4©7 ONa*(aq) + H,0(l)

para-Nitrophenol Yellow

mass CoHz0H = (3.9 x 1078 mo s0H ) ( ) =1.8 x 107* g C,H;0H

Chemical equation showing conversion of para-nitrophenol to its yellow-colored form with aqueous sodium hydroxide.

Because the amount of para-nitrophenol is easily estimated from the intensity of the yellow color that results when excess
NaOH is added, reactions that produce para-nitrophenol are commonly used to measure the activity of enzymes, the catalysts
in biological systems. What volume of 0.105 M NaOH must be added to 50.0 mL of a solution containing 7.20 x 107* g of
para-nitrophenol to ensure that formation of the yellow anion is complete?

Answer

493 x107° L or 49.3 uL.

In Examples 4.2.1 and 4.2.2, the identities of the limiting reactants are apparent: [Au(CN)]", LaCls, ethanol, and para-nitrophenol.
When the limiting reactant is not apparent, it can be determined by comparing the molar amounts of the reactants with their
coefficients in the balanced chemical equation. The only difference is that the volumes and concentrations of solutions of reactants,
rather than the masses of reactants, are used to calculate the number of moles of reactants, as illustrated in Example 4.2.3.

v/ Example 4.2.3

When aqueous solutions of silver nitrate and potassium dichromate are mixed, an exchange reaction occurs, and silver
dichromate is obtained as a red solid. The overall chemical equation for the reaction is as follows:

2 AgNO; (aq) + KoCrs07 (a.q) — Ag,Cry0y (S) + 2KNO; (aq)
What mass of Ag,Cr,0- is formed when 500 mL of 0.17 M K;Cr207 are mixed with 250 mL of 0.57 M AgNO5?

Given: balanced chemical equation and volume and concentration of each reactant

Asked for: mass of product

Strategy:
A. Calculate the number of moles of each reactant by multiplying the volume of each solution by its molarity.

B. Determine which reactant is limiting by dividing the number of moles of each reactant by its stoichiometric coefficient in
the balanced chemical equation.

C. Use mole ratios to calculate the number of moles of product that can be formed from the limiting reactant. Multiply the
number of moles of the product by its molar mass to obtain the corresponding mass of product.

Solution:

A The balanced chemical equation tells us that 2 mol of AgNO3s(aq) reacts with 1 mol of KyCr,O7(aq) to form 1 mol of
AgyCry0y(s) (Figure 8.3.2). The first step is to calculate the number of moles of each reactant in the specified volumes:
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1 :
moles KyCraOq7 = 500 sl ( x ) (0 17 mol K,Cry0y

1000 gwd. 17

1 g
moles AgNO3 = 250 }n/L/ X 0.57 mol AgNOs = 0.14 mol AgNO3
1000 gL 17

B Now determine which reactant is limiting by dividing the number of moles of each reactant by its stoichiometric coefficient:

) = 0.085 mol KgC’l"207

KyCry07: 2985™ 085
1 mol
0.14 mol

Because 0.070 < 0.085, we know that AgNO3 is the limiting reactant.
C Each mole of AgyCr,0; formed requires 2 mol of the limiting reactant (AgNQ3), so we can obtain only 0.14/2 = 0.070 mol of

AgyCry07. Finally, convert the number of moles of Ag,Cr,07 to the corresponding mass:

431.72¢g

1 gl

The Ag* and Cr,0,™ ions form a red precipitate of solid Ag;Cr,O7, while the K* and NO3~ ions remain in solution. (Water

mass of AgaCr207 = 0.070 M ( ) =309 Ag2Cr207

molecules are omitted from molecular views of the solutions for clarity.)

? Exercise 4.2.3

Aqueous solutions of sodium bicarbonate and sulfuric acid react to produce carbon dioxide according to the following

equation:
2NaHCOj3 (aq) + H2S04(aq) — 2CO2 (g) + NaaSO4 (aq) + 2H,0(1)
If 13.0 mL of 3.0 M H,SOy4 are added to 732 mL of 0.112 M NaHCO3, what mass of CO is produced?

Answer

34g

Limiting Reactant Problems Using Molarities:

[youtu.be]

Theoretical Yields

When reactants are not present in stoichiometric quantities, the limiting reactant determines the maximum amount of product that
can be formed from the reactants. The amount of product calculated in this way is the theoretical yield, the amount obtained if the
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reaction occurred perfectly and the purification method were 100% efficient.

In reality, less product is always obtained than is theoretically possible because of mechanical losses (such as spilling), separation
procedures that are not 100% efficient, competing reactions that form undesired products, and reactions that simply do not run to
completion, resulting in a mixture of products and reactants; this last possibility is a common occurrence. Therefore, the actual
yield, the measured mass of products obtained from a reaction, is almost always less than the theoretical yield (often much less).
The percent yield of a reaction is the ratio of the actual yield to the theoretical yield, multiplied by 100 to give a percentage:

actual yield (g)
theoretical yield (g)

percent yield = % 100% (4.2.5)

The method used to calculate the percent yield of a reaction is illustrated in Example 4.2.4.

v/ Example 4.2.4: Novocain

Procaine is a key component of Novocain, an injectable local anesthetic used in dental work and minor surgery. Procaine can
be prepared in the presence of H2SO4 (indicated above the arrow) by the reaction

C;/HNO; + CgH15NO m) 013H20N202 + Hy,O

p-amino benzoic acid  2-diethylaminoethanol procaine

If this reaction were carried out with 10.0 g of p-aminobenzoic acid and 10.0 g of 2-diethylaminoethanol, and 15.7 g of
procaine were isolated, what is the percent yield?

H\ H H H
\ 4 A /!
c=c © e O
VAR Hz504 }fc C.
HN=C, L—C—OH HOCH,CH,N(CHs), > HN—C, C—C—0—CHCHN(CoHg)p  + H,0
W / W 4
h 2 c—C
/ \ / \
H H H H
p-Aminobenzoic acid 2-Diethylamincethanaol Procaine

The preparation of procaine. A reaction of p-aminobenzoic acid with 2-diethylaminoethanol yields procaine and water.
Given: masses of reactants and product
Asked for: percent yield

Strategy:

A. Write the balanced chemical equation.

B. Convert from mass of reactants and product to moles using molar masses and then use mole ratios to determine which is the
limiting reactant. Based on the number of moles of the limiting reactant, use mole ratios to determine the theoretical yield.

C. Calculate the percent yield by dividing the actual yield by the theoretical yield and multiplying by 100.

Solution:

A From the formulas given for the reactants and the products, we see that the chemical equation is balanced as written.
According to the equation, 1 mol of each reactant combines to give 1 mol of product plus 1 mol of water.

B To determine which reactant is limiting, we need to know their molar masses, which are calculated from their structural
formulas: p-aminobenzoic acid (C;H;NO,), 137.14 g/mol; 2-diethylaminoethanol (CqH;5NO), 117.19 g/mol. Thus the reaction
used the following numbers of moles of reactants:

1mol
mol p-aminobenzoic acid = 10.0g X Mm% 0.0729mol p-aminbenzoic acid
137.14¢
. . 1mol . .
mol 2-diethylaminoethanol = 10.0 g x 117199 = 0.0853 mol 2-diethylaminoethanol

The reaction requires a 1:1 mole ratio of the two reactants, so p-aminobenzoic acid is the limiting reactant. Based on the
coefficients in the balanced chemical equation, 1 mol of p-aminobenzoic acid yields 1 mol of procaine. We can therefore obtain
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only a maximum of 0.0729 mol of procaine. To calculate the corresponding mass of procaine, we use its structural formula
(C13H20N202) to calculate its molar mass, which is 236.31 g/mol.

theoretical yield of procaine = 0.0729 mol x

C The actual yield was only 15.7 g of procaine, so the percent yield (via Equation 4.2.5) is

15.7¢g
17.2¢g

percent yield = x 100 = 91.3%

(If the product were pure and dry, this yield would indicate very good lab technique!)

? Exercise 4.2.4: Extraction of Lead

Lead was one of the earliest metals to be isolated in pure form. It occurs as concentrated deposits of a distinctive ore called
galena (PbS), which is easily converted to lead oxide (PbO) in 100% yield by roasting in air via the following reaction:

2PbS(s) +302 — 2PbO(s) +2S02(g)

The resulting PbO is then converted to the pure metal by reaction with charcoal. Because lead has such a low melting point
(327°Q), it runs out of the ore-charcoal mixture as a liquid that is easily collected. The reaction for the conversion of lead oxide
to pure lead is as follows:

PbO(s) + C(s) — Pb(l) + CO(g)

If 93.3 kg of PbO is heated with excess charcoal and 77.3 kg of pure lead is obtained, what is the percent yield?

N

Electrolytically refined pure (99.989 %) superficially oxidized lead nodules and a high purity (99.989 %) 1 em? lead cube for
comparison. Figure used with permission from Wikipedia.

Answer

89.2%

Percent yield can range from 0% to 100%. In the laboratory, a student will occasionally obtain a yield that appears to be greater
than 100%. This usually happens when the product is impure or is wet with a solvent such as water. If this is not the case, then the
student must have made an error in weighing either the reactants or the products. The law of conservation of mass applies even to
undergraduate chemistry laboratory experiments. A 100% yield means that everything worked perfectly, and the chemist obtained
all the product that could have been produced. Anyone who has tried to do something as simple as fill a salt shaker or add oil to a
car’s engine without spilling knows the unlikelihood of a 100% yield. At the other extreme, a yield of 0% means that no product
was obtained. A percent yield of 80%—-90% is usually considered good to excellent; a yield of 50% is only fair. In part because of
the problems and costs of waste disposal, industrial production facilities face considerable pressures to optimize the yields of
products and make them as close to 100% as possible.

Summary

The stoichiometry of a balanced chemical equation identifies the maximum amount of product that can be obtained. The
stoichiometry of a reaction describes the relative amounts of reactants and products in a balanced chemical equation. A
stoichiometric quantity of a reactant is the amount necessary to react completely with the other reactant(s). If a quantity of a
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reactant remains unconsumed after complete reaction has occurred, it is in excess. The reactant that is consumed first and limits the
amount of product(s) that can be obtained is the limiting reactant. To identify the limiting reactant, calculate the number of moles of
each reactant present and compare this ratio to the mole ratio of the reactants in the balanced chemical equation. The maximum
amount of product(s) that can be obtained in a reaction from a given amount of reactant(s) is the theoretical yield of the reaction.
The actual yield is the amount of product(s) actually obtained in the reaction; it cannot exceed the theoretical yield. The percent
yield of a reaction is the ratio of the actual yield to the theoretical yield, expressed as a percentage.

4.2: Limiting Reactant, Theoretical Yield, and Percent Yield is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or
curated by LibreTexts.

« 3.7: Limiting Reactants is licensed CC BY-NC-SA 3.0.
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4.3: Solution Concentration and Solution Stoichiomentry

4b Learning Objectives

e To describe the concentrations of solutions quantitatively

Many people have a qualitative idea of what is meant by concentration. Anyone who has made instant coffee or lemonade knows
that too much powder gives a strongly flavored, highly concentrated drink, whereas too little results in a dilute solution that may be
hard to distinguish from water. In chemistry, the concentration of a solution is the quantity of a solute that is contained in a
particular quantity of selvent or solution. Knowing the concentration of solutes is important in controlling the stoichiometry of
reactants for solution reactions. Chemists use many different methods to define concentrations, some of which are described in this
section.

Molarity

The most common unit of concentration is molarity, which is also the most useful for calculations involving the stoichiometry of
reactions in solution. The molarity (M) is defined as the number of moles of solute present in exactly 1 L of solution. It is,
equivalently, the number of millimoles of solute present in exactly 1 mL of solution:

molarity = moles of solute _ mmoles of solute ws)
Y= Titers o f solution ~— milliliters of solution 3.

The units of molarity are therefore moles per liter of solution (mol/L), abbreviated as M. An aqueous solution that contains 1 mol
(342 g) of sucrose in enough water to give a final volume of 1.00 L has a sucrose concentration of 1.00 mol/L or 1.00 M. In
chemical notation, square brackets around the name or formula of the solute represent the molar concentration of a solute.
Therefore,

[sucrose] = 1.00 M

is read as “the concentration of sucrose is 1.00 molar.” The relationships between volume, molarity, and moles may be expressed as
either

ViMoo, = X (myol) = moles (4.3.2)

or

mmol
Ve Mot /mz = L ( = mmeoles (4.3.3)
d

Figure 4.3.1 illustrates the use of Equations 4.3.2 and 4.3.3.

‘1 L e ’ = ‘v‘

Cobaltll) chloride dihwdrate A0 b
{Cocl,- 2H,00 Ethanol
T mar— Mark

J -

=
{a) An amount of solute is weighed out {b} A portion of the solvent is {c) The mixture is swirled [d} Additional solvent is
on an analytical balance and then added to the volumetric flask. until alf of the solute added up to the mark on the

is dissolved. volumetric flask.

Figure 4.3.1: Preparation of a Solution of Known Concentration Using a Solid Solute
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v/ Example 4.3.1: Calculating Moles from Concentration of NaOH

Calculate the number of moles of sodium hydroxide (NaOH) in 2.50 L of 0.100 M NaOH.
Given: identity of solute and volume and molarity of solution
Asked for: amount of solute in moles

Strategy:
Use either Equation 4.3.2 or Equation 4.3.3, depending on the units given in the problem.

Solution:
Because we are given the volume of the solution in liters and are asked for the number of moles of substance, Equation 4.3.2 is
more useful:

0.100 mol

X

? Exercise 4.3.1: Calculating Moles from Concentration of Alanine

moles NaOH = Vi Mpoy1, = (2.50 £ (

) = 0.250 mol NaOH

Calculate the number of millimoles of alanine, a biologically important molecule, in 27.2 mL of 1.53 M alanine.

Answer

41.6 mmol

Calculations Involving Molarity (M): [youtu.be]

Concentrations are also often reported on a mass-to-mass (m/m) basis or on a mass-to-volume (m/v) basis, particularly in clinical
laboratories and engineering applications. A concentration expressed on an m/m basis is equal to the number of grams of solute per
gram of solution; a concentration on an m/v basis is the number of grams of solute per milliliter of solution. Each measurement can
be expressed as a percentage by multiplying the ratio by 100; the result is reported as percent m/m or percent m/v. The
concentrations of very dilute solutions are often expressed in parts per million (ppm), which is grams of solute per 10° g of
solution, or in parts per billion (ppb), which is grams of solute per 10° g of solution. For aqueous solutions at 20°C, 1 ppm
corresponds to 1 pg per milliliter, and 1 ppb corresponds to 1 ng per milliliter. These concentrations and their units are summarized
in Table 4.3.1.

Table 4.3.1: Common Units of Concentration
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Concentration Units
m/m g of solute/g of solution
m/v g of solute/mL of solution

g of solute/108 g of solution

ppm
pg/mL

g of solute/109 g of solution

ppb
ng/mL

The Preparation of Solutions

To prepare a solution that contains a specified concentration of a substance, it is necessary to dissolve the desired number of moles
of solute in enough solvent to give the desired final volume of solution. Figure 4.3.1 illustrates this procedure for a solution of
cobalt(IT) chloride dihydrate in ethanol. Note that the volume of the solvent is not specified. Because the solute occupies space in
the solution, the volume of the solvent needed is almost always less than the desired volume of solution. For example, if the desired
volume were 1.00 L, it would be incorrect to add 1.00 L of water to 342 g of sucrose because that would produce more than 1.00 L
of solution. As shown in Figure 4.3.2, for some substances this effect can be significant, especially for concentrated solutions.

l

250 mL

Ammonium dichromate
(NH4),Cr,0;

:.l.-ll ||:||[|| |ienn

i
L%

Mark ——

45 mL

;

€= € =2
(b} {c)

Figure 4.3.2: Preparation of 250 mL of a Solution of (NH,4),Cr,07 in Water. The solute occupies space in the solution, so less than
250 mL of water are needed to make 250 mL of solution.

45 milliliters of water remain in the graduated cylinder even after addition to the mark of the volumetric flask.

v/ Example 4.3.2

The solution contains 10.0 g of cobalt(II) chloride dihydrate, CoCl,*2H,0, in enough ethanol to make exactly 500 mL of
solution. What is the molar concentration of CoCl, - 2 H,0?

Given: mass of solute and volume of solution

Asked for: concentration (M)

Strategy:
To find the number of moles of CoCl,-2H;0, divide the mass of the compound by its molar mass. Calculate the molarity of the
solution by dividing the number of moles of solute by the volume of the solution in liters.

Solution:
The molar mass of CoCl,*2H,0 is 165.87 g/mol. Therefore,

10.0 g

moles CoCly - 2H,0 = (W

) = 0.0603 mol

The volume of the solution in liters is
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1L
volume =500 ;o | ————— | = 0.500 L
(1000 el )

Molarity is the number of moles of solute per liter of solution, so the molarity of the solution is

0.0603 mol

molarity = 0500L

=0.121 M = CoCl, - H,0

? Exercise 4.3.2

The solution shown in Figure 4.3.2 contains 90.0 g of (NHy4)>Cr,07 in enough water to give a final volume of exactly 250 mL.
What is the molar concentration of ammonium dichromate?

Answer

(NH4)207‘207 =143 M

To prepare a particular volume of a solution that contains a specified concentration of a solute, we first need to calculate the
number of moles of solute in the desired volume of solution using the relationship shown in Equation 4.3.2. We then convert the
number of moles of solute to the corresponding mass of solute needed. This procedure is illustrated in Example 4.3.3.

v/ Example 4.3.3: D5W Solution

The so-called D5W solution used for the intravenous replacement of body fluids contains 0.310 M glucose. (D5W is an
approximately 5% solution of dextrose [the medical name for glucose] in water.) Calculate the mass of glucose necessary to
prepare a 500 mL pouch of D5W. Glucose has a molar mass of 180.16 g/mol.

Given: molarity, volume, and molar mass of solute

Asked for: mass of solute

Strategy:

A. Calculate the number of moles of glucose contained in the specified volume of solution by multiplying the volume of the

solution by its molarity.
B. Obtain the mass of glucose needed by multiplying the number of moles of the compound by its molar mass.

Solution:
A We must first calculate the number of moles of glucose contained in 500 mL of a 0.310 M solution:

VMo = moles

500 ;nf 1 ’K 0.310 mol glucose = 0.155 mol glucose
1000 grd, 17

B We then convert the number of moles of glucose to the required mass of glucose:

180.16 g gl
mass of glucose = 0.155 W (M) = 27.9 g glucose

1 mol ghucose

? Exercise 4.3.3

Another solution commonly used for intravenous injections is normal saline, a 0.16 M solution of sodium chloride in water.
Calculate the mass of sodium chloride needed to prepare 250 mL of normal saline solution.

Answer

2.3 g NaCl
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A solution of a desired concentration can also be prepared by diluting a small volume of a more concentrated solution with
additional solvent. A stock solution is a commercially prepared solution of known concentration and is often used for this purpose.
Diluting a stock solution is preferred because the alternative method, weighing out tiny amounts of solute, is difficult to carry out
with a high degree of accuracy. Dilution is also used to prepare solutions from substances that are sold as concentrated aqueous
solutions, such as strong acids.

The procedure for preparing a solution of known concentration from a stock solution is shown in Figure 4.3.3. It requires
calculating the number of moles of solute desired in the final volume of the more dilute solution and then calculating the volume of
the stock solution that contains this amount of solute. Remember that diluting a given quantity of stock solution with solvent does
not change the number of moles of solute present. The relationship between the volume and concentration of the stock solution and
the volume and concentration of the desired diluted solution is therefore

(Vs) (M) = moles of solute = (V) (M) (4.3.4)

where the subscripts s and d indicate the stock and dilute solutions, respectively. Example 4.3.4 demonstrates the calculations
involved in diluting a concentrated stock solution.

— Mark
— Volumetric
pipette !
—Solvent
\ Mark —

Stzlxtig — I / ' l \ : —— Dilute
aQluHen o ~ = solution
(a) A volume (V,) containing the desired (b) The measured volume of stock solution (c) The measured volume in the second
moles of solute (M,) is measured from a is transferred to a second volumetric flask, flask is then diluted with solvent up to the
stock solution of known concentration. volumetric mark [(V,)(M,) = (V4)(M)].

Figure 4.3.3: Preparation of a Solution of Known Concentration by Diluting a Stock Solution. (a) A volume (V) containing the
desired moles of solute (M) is measured from a stock solution of known concentration. (b) The measured volume of stock solution
is transferred to a second volumetric flask. (c) The measured volume in the second flask is then diluted with solvent up to the
volumetric mark [(Vs)(Ms) = (Vo)(Mq)].

v/ Example 4.3.4

What volume of a 3.00 M glucose stock solution is necessary to prepare 2500 mL of the D5W solution in Example 4.3.3?
Given: volume and molarity of dilute solution

Asked for: volume of stock solution

Strategy:
A. Calculate the number of moles of glucose contained in the indicated volume of dilute solution by multiplying the volume of

the solution by its molarity.
B. To determine the volume of stock solution needed, divide the number of moles of glucose by the molarity of the stock
solution.

Solution:
A The D5W solution in Example 4.5.3 was 0.310 M glucose. We begin by using Equation 4.5.4 to calculate the number of
moles of glucose contained in 2500 mL of the solution:
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1 :
moles glucose = 2500 }nf ( ’L/ ) (0 310 mol gluoose) = 0.775 mol glucose

1000 gL 17

B We must now determine the volume of the 3.00 M stock solution that contains this amount of glucose:

1L

volume of stock soln = 0.775 mo se | ———
3.00 mo se

) = 0.258 L or 258 mL

In determining the volume of stock solution that was needed, we had to divide the desired number of moles of glucose by the
concentration of the stock solution to obtain the appropriate units. Also, the number of moles of solute in 258 mL of the stock
solution is the same as the number of moles in 2500 mL of the more dilute solution; only the amount of solvent has changed.
The answer we obtained makes sense: diluting the stock solution about tenfold increases its volume by about a factor of 10

(258 mL - 2500 mL). Consequently, the concentration of the solute must decrease by about a factor of 10, as it does (3.00 M
- 0.310 M).

We could also have solved this problem in a single step by solving Equation 4.5.4 for V; and substituting the appropriate
values:

v, = (V)(Ma) _ (2500 L)(0310 M) ool

M, 3.00 M

As we have noted, there is often more than one correct way to solve a problem.

? Exercise 4.3.4

What volume of a 5.0 M NaCl stock solution is necessary to prepare 500 mL of normal saline solution (0.16 M NaCl)?

Answer

16 mL

lon Concentrations in Solution

In Example 4.3.2, the concentration of a solution containing 90.00 g of ammonium dichromate in a final volume of 250 mL were
calculated to be 1.43 M. Let’s consider in more detail exactly what that means. Ammonium dichromate is an ionic compound that

contains two NH," ions and one Cr,0%~ ion per formula unit. Like other ionic compounds, it is a strong electrolyte that dissociates
in aqueous solution to give hydrated NH," and Cr,O7>" ions:

(N Hy)2Crs01(s) H00), 2NH} (ag) + Cr203 (aq) (4.3.5)

Thus 1 mol of ammonium dichromate formula units dissolves in water to produce 1 mol of Cr,0-% anions and 2 mol of NH4*
cations (see Figure 4.3.4).
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1 formula unit
[MH, ) Cro 0

NH,*

Cry04” g

il

NH,
0,

dichremate ™

A~

1 mal 1 mol Cr.0+%ag)
[MH, )55 0405) +

2ol NH,;'(aq)

Figure 4.3.4: Dissolution of 1 mol of an Ionic Compound. In this case, dissolving 1 mol of (NH,4),Cr,0O7 produces a solution that
contains 1 mol of Cr,0,?" ions and 2 mol of NH,* ions. (Water molecules are omitted from a molecular view of the solution for
clarity.)

1 mol of ammonium dichromate is shown in a 1 liter volumetric flask. The resulting volumetric flask on the right contains 1 liter of
solution after being dissolved with water. Powdered form of ammonium dichromate is also included in diagram.
When carrying out a chemical reaction using a solution of a salt such as ammonium dichromate, it is important to know the
concentration of each ion present in the solution. If a solution contains 1.43 M (NH4),Cr,0O7, then the concentration of Cr,07%"
must also be 1.43 M because there is one Cr,0-2~ ion per formula unit. However, there are two NH,4" ions per formula unit, so the
concentration of NH4" ions is 2 x 1.43 M = 2.86 M. Because each formula unit of (NH4),Cr,O7 produces three ions when
dissolved in water (2NH4" + 1Cr2O72_), the total concentration of ions in the solution is 3 x 1.43 M = 4.29 M.

' Pﬁmgﬂﬂﬁ@ fipkBtaden

from a Soluble Salt

>

Watch on ({2 YouTube

Concentration of Ions in Solution from a Soluble Salt: Concentration of Ions in Solution from a Soluble Salt, YouTube(opens in

v/ Example 4.3.5

What are the concentrations of all species derived from the solutes in these aqueous solutions?

new window) [youtu.be]

a. 0.21 M NaOH
b. 3.7 M (CH3),CHOH
c. 0.032 M In(NO3)3

Given: molarity

Asked for: concentrations

Strategy:
A Classify each compound as either a strong electrolyte or a nonelectrolyte.

B If the compound is a nonelectrolyte, its concentration is the same as the molarity of the solution. If the compound is a strong
electrolyte, determine the number of each ion contained in one formula unit. Find the concentration of each species by
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multiplying the number of each ion by the molarity of the solution.

Solution:
1. Sodium hydroxide is an ionic compound that is a strong electrolyte (and a strong base) in aqueous solution:
NaOH(s) 229, No+(aq) + OH~(aq)

B Because each formula unit of NaOH produces one Na* ion and one OH™ ion, the concentration of each ion is the same as
the concentration of NaOH: [Na*]=0.21 M and [OH ] =0.21 M.

2. A The formula (CH3),CHOH represents 2-propanol (isopropyl alcohol) and contains the —OH group, so it is an alcohol.
Recall from Section 4.1 that alcohols are covalent compounds that dissolve in water to give solutions of neutral molecules.
Thus alcohols are nonelectrolytes.

B The only solute species in solution is therefore (CH3);CHOH molecules, so [(CH3)>CHOH] = 3.7 M.
3. A Indium nitrate is an ionic compound that contains In>" ions and NO;~ ions, so we expect it to behave like a strong
electrolyte in aqueous solution:
In(NOs)s(s) 2229, In3+(ag) + 3NO; (aq)

B One formula unit of In(NO3); produces one In®* ion and three NO;~ ions, so a 0.032 M In(NOj)5 solution contains 0.032
M In>" and 3 x 0.032 M = 0.096 M NO; —that is, [In*] = 0.032 M and [NO5"] = 0.096 M.

? Exercise 4.3.5

What are the concentrations of all species derived from the solutes in these aqueous solutions?

a. 0.0012 M Ba(OH),
b. 0.17 M NaySO4
c. 0.50 M (CHj3),CO, commonly known as acetone

i 3

Acetone
(CH;),C0

Answer a

[Ba?*] = 0.0012 M; [OH"] = 0.0024 M
Answer b

[Nat] =0.34 M; [SO* =017 M
Answer c

[(CH3)2C0] = 0.50 M

Summary

Solution concentrations are typically expressed as molarities and can be prepared by dissolving a known mass of solute in a solvent
or diluting a stock solution.

o definition of molarity:

molarity — moles of solute _ mmoles of solute
b= liters of solution ~ milliliters of solution

o relationship among volume, molarity, and moles:

https://chem.libretexts.org/@go/page/472301


https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/472301?pdf

LibreTexts"

mol
ViM oL = yA (— = moles
y4

o relationship between volume and concentration of stock and dilute solutions:
(V5) (M) = moles of solute = (Vq)(My)

The concentration of a substance is the quantity of solute present in a given quantity of solution. Concentrations are usually
expressed in terms of molarity, defined as the number of moles of solute in 1 L of solution. Solutions of known concentration can
be prepared either by dissolving a known mass of solute in a solvent and diluting to a desired final volume or by diluting the
appropriate volume of a more concentrated solution (a stock solution) to the desired final volume.

Contributors and Attributions
e Modified by Joshua Halpern (Howard University)

4.3: Solution Concentration and Solution Stoichiomentry is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated
by LibreTexts.

« 4.5: Concentration of Solutions is licensed CC BY-NC-SA 3.0.
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4.4: Types of Aqueous Solutions and Solubility
8.9A: Electrolytes and Electrolytic Solutions

8.9B: The nature of ions in aqueous solution
https://chem.libretexts.org/Textbook...A_Electrolytes

In Binary Tonic Compounds and Their Properties we point out that when an ionic compound dissolves in water, the positive and
negative ions originally present in the crystal lattice persist in solution. Their ability to move nearly independently through the
solution permits them to carry positive or negative electrical charges from one place to another. Hence the solution conducts an
electrical current.

Electrolytes

Substances whose solutions conduct electricity are called electrolytes. All soluble ionic compounds are strong electrolytes. They
conduct very well because they provide a plentiful supply of ions in solution. Some polar covalent compounds are also strong
electrolytes. Common examples are HCI, HBr, HI and H,SOy, all of which react with H»O to form large concentrations of ions. A
solution of HCI, for example, conducts even better than one of NaCl having the same concentration.

| o
et gl
Y

L

13 (e)
Figure 4.4.1: The conductivity of electrolyte solutions: (a) 0.1 M NaCl (b) 0.05 M NaCl (c) 0.1 M HgCl,. An electrolyte solution
conducts electricity because of the movement of ions in the solution (see above). The larger the concentration of ions, the better the
solutions conducts. Weak electrolytes, such as HgCly, conduct badly because they produce few ions when dissolved (low
concentration of ions) and exist mainly in the form of molecules.
The effect of the concentration of ions on the electrical current flowing through a solution is illustrated in Figure 4.4.1. Part a of the
figure shows what happens when a battery is connected through an electrical meter to two inert metal strips (electrodes) dipping in
ethanol. Each cubic decimeter of such a solution contains 0.10 mol NaCl (that is, 0.10 mol Na* and 0.10 mol CI7). An electrical
current is carried through the solution both by the Na* ions moving toward the negative electrode and by the Cl- ions which are
attracted toward the positive electrode. The dial on the meter indicates the quantity of current.

Figure 1b shows that if we replace the 0.10-M NaCl solution with a 0.05-M NaCl solution, the meter reading falls to about one-half
its former value. Halving the concentration of NaCl halves the number of ions between the electrodes, and half as many ions can
only carry half as much electrical charge. Therefore the current is half as great. Because it responds in such a direct way to the
concentration of ions, conductivity of electrical current is a useful tool in the study of solutions.

Conductivity measurements reveal that most covalent compounds, if they dissolve in water at all, retain their original molecular
structures. Neutral molecules cannot carry electrical charges through the solution, and so no current flows. A substance whose
aqueous solution conducts no better than water itself is called a nonelectrolyte. Some examples are oxygen, O,, ethanol, C,H;OH,
and sugar, C;,H,0Oy;.
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Figure 4.4.2: Mercury Bromide Crystals.

Some covalent substances behave as weak electrolytes—their solutions allow only a small current flow, but it is greater than that
of the pure solvent. An example is mercury(II) chloride (seen in the Figure above). For a 100-M HgCl, solution the meter reading
shows only about 0.2 percent as much current as for 0.10 M NaCl. A crystal of HgCl, consists of discrete molecules, like those
shown for HgBr; in Figure 4.4.2. When the solid dissolves, most of these molecules remain intact, but a few dissociate into ions
according to the equation
HyCly = HoCl' 401"
99.8% 0.2%

(The double arrows indicate that the ionization proceeds only to a limited extent and an equilibrium state is attained.) Since only
0.2 percent of the HgCl, forms ions, the 0.10 M solution can conduct only about 0.2 percent as much current as 0.10 M NaCl.

Conductivity measurements can tell us more than whether a substance is a strong, a weak, or a nonelectrolyte. Consider, for
instance, the data in Table 4.4.1 which shows the electrical current conducted through various aqueous solutions under identical
conditions. At the rather low concentration of 0.001 M, the strong electrolyte solutions conduct between 2500 and 10 000 times as
much current as pure H,O and about 10 times as much as the weak electrolytes HC,H30, (acetic acid) and NH; (ammonia).

Closer examination of the data for strong electrolytes reveals that some compounds which contain H or OH groups [such as HCI or
Ba(OH),] conduct unusually well. If these compounds are excluded, we find that 1:1 electrolytes (compounds which consist of
equal numbers of +1 ions and —1 ions) usually conduct about half as much current as 2:2 electrolytes (+2 and -2 ions), 1:2
electrolytes (+1 and -2 ions), or 2:1 electrolytes (+2 and -1 ions).

TABLE 4.4.1: Electrical Current Conducted Through Various 0.001 M Aqueous Solutions at 18°C.*
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Substance Current /mA Substance Current /mA

Pure Water 1:2 Electrolytes

H,0 3.69 x 10 Na,SO, 2.134

Weak Electrolytes Nap;CO3 2.24

HC,H30, 0.41 K,CO3 2.660
NH3 0.28 2:1 Electrolytes

1:1 Electrolytes MgCl, 2.128

NaCl 1.065 CaCl, 2.239

Nal 1.069 SrCl, 2.290

KCl 1.273 BaCl, 2.312

KI 1,282 Ba(OH), 4.14
AgNO3 1.131 2:2 Electrolytes

HCl 3.77 MgSO, 2.00

HNO3 3.75 CaSOq4 2.086

NaOH 2.08 CuSOy4 1.97

KOH 2.34 ZnS0y 1.97

* All measurements refer to a cell in which the distance between the electrodes is 1.0 mm and the area of each electrode is 1.0 cm?.
A potential difference of 1.0 V is applied to produce the tabulated currents.

There is a simple reason for this behavior. Under similar conditions, most ions move through water at comparable speeds. This
means that ions like Mg?" or SO4%~, which are doubly charged, will carry twice as much current through the solution as will singly
charged ions like Na* or CI™. Consequently, a 0.001 M solution of a 2:2 electrolyte like MgSO, will conduct about twice as well as
a 0.001 M solution of a 1:1 electrolyte like NaCl.

A similar argument applies to solutions of 1:2 and 2:1 electrolytes. A solution like 0.001 M Na;SO4 conducts about twice as well as
0.001 M NacCl partly because there are twice as many Na~ ions available to move when a battery is connected, but also because
SO4%" ions carry twice as much charge as CI~ ions when moving at the same speed. These differences in conductivity between
different types of strong electrolytes can sometimes be very useful in deciding what ions are actually present in a given electrolyte
solution as the following example makes clear.

A second, slightly more subtle, conclusion can be drawn from the data in Table 4.4.1. When an electrolyte dissolves, each type of
ion makes an independent contribution to the current the solution conducts. This can be seen by comparing NaCl with KCl, and
Nal with KI. In each case the compound containing K* conducts about 0.2 mA more than the one containing Na*. If we apply this
observation to NaCO3 and K,CO3, each of which produces twice as many Na* or K* ions in solution, we find that the difference
in current is also twice as great—about 0.4 mA.

Thus conductivity measurements confirm our statement that each ion exhibits its own characteristic properties in aqueous solutions,
independent of the presence of other ions. One such characteristic property is the quantity of electrical current that a given
concentration of a certain type of ion can carry.

v/ Example 4.4.1: lons

At 18°C a 0.001-M aqueous solution of potassium hydrogen carbonate, KHCO3, conducts a current of 1.10 mA in a cell of the
same design as that used to obtain the data in Table 11.1. What ions are present in solution?
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Solution

Referring to Table 6.2 which lists possible polyatomic ions, we can arrive at three possibilities for the ions from which KHCO5
is made:

a. K" and H' and C** and three 0%~
b. K* and H* and CO52~
c. K* and HCO5~

Since the current conducted by the solution falls in the range of 1.0 to 1.3 mA characteristic of 1:1 electrolytes, possibility c is
the only reasonable choice.

4.4: Types of Aqueous Solutions and Solubility is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
LibreTexts.

« 11.2: Ions in Solution (Electrolytes) by Ed Vitz, John W. Moore, Justin Shorb, Xavier Prat-Resina, Tim Wendorff, & Adam Hahn is licensed
CC BY-NC-SA 4.0.
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4.5: Precipitation Reactions

4b Learning Objectives

e To identify a precipitation reaction and predict solubilities.

Exchange (Double-Displacement) Reactions

A precipitation reaction is a reaction that yields an insoluble product—a precipitate—when two solutions are mixed. We described
a precipitation reaction in which a colorless solution of silver nitrate was mixed with a yellow-orange solution of potassium
dichromate to give a reddish precipitate of silver dichromate:

AgNOj3(aq) + K2Cra07(aq) — AgoCraO7(s) + KNO3 (aq) (4.5.1)

This unbalanced equation has the general form of an exchange reaction:

soluble  soluble soluble

—— — —

AC + BD —» AD + BC (4.5.2)
insoluble

The solubility and insoluble annotations are specific to the reaction in Equation 4.5.1 and not characteristic of all exchange
reactions (e.g., both products can be soluble or insoluble). Precipitation reactions are a subclass of exchange reactions that occur
between ionic compounds when one of the products is insoluble. Because both components of each compound change partners,
such reactions are sometimes called double-displacement reactions. Two important uses of precipitation reactions are to isolate
metals that have been extracted from their ores and to recover precious metals for recycling.

Watch on @@ YouTube

Video 4.5.1: Mixing Potassium Chromate and Silver Nitrate together to initiate a precipitation reaction (Equation 4.5.1).

While full chemical equations show the identities of the reactants and the products and give the stoichiometries of the reactions,
they are less effective at describing what is actually occurring in solution. In contrast, equations that show only the hydrated species
focus our attention on the chemistry that is taking place and allow us to see similarities between reactions that might not otherwise
be apparent.

Let’s consider the reaction of silver nitrate with potassium dichromate above. When aqueous solutions of silver nitrate and
potassium dichromate are mixed, silver dichromate forms as a red solid. The overall balanced chemical equation for the reaction
shows each reactant and product as undissociated, electrically neutral compounds:

2 AgNOj3 (aq) + K2Cra07 (aq) — AgaCraOr (s) + 2KNO3 (aq) (4.5.3)

Although Equation 4.5.3 gives the identity of the reactants and the products, it does not show the identities of the actual species in
solution. Because ionic substances such as AgNO3 and K2Cr207 are strong electrolytes (i.e., they dissociate completely in aqueous
solution to form ions). In contrast, because Ag,Cr,Q7 is not very soluble, it separates from the solution as a solid. To find out what
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is actually occurring in solution, it is more informative to write the reaction as a complete ionic equation showing which ions and
molecules are hydrated and which are present in other forms and phases:

2Ag* (aq) + 2NO3~ (aq) + 2K (aq) + Cry07% (aq) — AgyaCryOr(s) (4.5.4)
+2K" (aq) + 2NOs~ (aq)

Note that K* (aq) and NO3~ (aq) ions are present on both sides of Equation 4.5.4 and their coefficients are the same on both sides.
These ions are called spectator ions because they do not participate in the actual reaction. Canceling the spectator ions gives the net
ionic equation, which shows only those species that participate in the chemical reaction:

2Ag*(aq) + Cry0%(ag) — AgaCry01(s) (4.5.5)

Both mass and charge must be conserved in chemical reactions because the numbers of electrons and protons do not change. For
charge to be conserved, the sum of the charges of the ions multiplied by their coefficients must be the same on both sides of the
equation. In Equation 4.5.5, the charge on the left side is 2(+1) + 1(-2) = 0, which is the same as the charge of a neutral AgoCroO7
formula unit on the right side.

By eliminating the spectator ions, we can focus on the chemistry that takes place in a solution. For example, the overall chemical
equation for the reaction between silver fluoride and ammonium dichromate is as follows:

2AgF(aq) + (NHy)2Cra07(aq) — AgaCra07(8) + 2N HyF(aq) (4.5.6)

The complete ionic equation for this reaction is as follows:

2Ag* (aq) + 2E5q) + 2NH,>(aq) +Cr,07> (aq) (4.5.7)
— AgaCra07(s) + 2NHaq) + 2E8q)

Because two NH,* (aq) and two F~ (aq) ions appear on both sides of Equation 4.5.7, they are spectator ions. They can therefore be
canceled to give the net ionic equation (Equation 4.5.8), which is identical to Equation 4.5.5:

2Ag* (aq) + Crs072~ (aq) — AgaCraO+(s) (4.5.8)

If we look at net ionic equations, it becomes apparent that many different combinations of reactants can result in the same net
chemical reaction. For example, we can predict that silver fluoride could be replaced by silver nitrate in the preceding reaction
without affecting the outcome of the reaction.

Determining the Products for Precipitation Reactions:
[youtu.be]

v/ Example 4.5.1; Balancing Precipitation Equations

Write the overall chemical equation, the complete ionic equation, and the net ionic equation for the reaction of aqueous barium
nitrate with aqueous sodium phosphate to give solid barium phosphate and a solution of sodium nitrate.
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Given: reactants and products
Asked for: overall, complete ionic, and net ionic equations

Strategy:

Write and balance the overall chemical equation. Write all the soluble reactants and products in their dissociated form to give

the complete ionic equation; then cancel species that appear on both sides of the complete ionic equation to give the net ionic
equation.

Solution:

From the information given, we can write the unbalanced chemical equation for the reaction:
Ba(NOs)2 (aq) + NagPOy(aq) — Bag(PO4)2 (s) + NaNOs (aq)

Because the product is Ba3z(PQy4), which contains three Ba®* ions and two PO4> ions per formula unit, we can balance the
equation by inspection:

3 Ba(N03)2 (a.q) + 2Na3POy (aq) — Bag (P04)2 (S) + 6 NaNOj (aq)

This is the overall balanced chemical equation for the reaction, showing the reactants and products in their undissociated form.
To obtain the complete ionic equation, we write each soluble reactant and product in dissociated form:

3Ba’* (aq) + 6NOy~(aq) + 6Na*(aq) +2PO,* (aa)
— Bag(PO4)z (s) + 6Na*(aq) + 6NOs=(aq)

The six NO3 (aq) ions and the six Na*(aq) ions that appear on both sides of the equation are spectator ions that can be canceled
to give the net ionic equation:

3Ba?" (aq) + 2P04% (aq) — Bag(POy4)2(s)

? Exercise 4.5.1: Mixing Silver Fluoride with Sodium Phosphate

Write the overall chemical equation, the complete ionic equation, and the net ionic equation for the reaction of aqueous silver
fluoride with aqueous sodium phosphate to give solid silver phosphate and a solution of sodium fluoride.

Answer

overall chemical equation:

3 AgF (aq) + NasPO4(aq) — AgsPO4(s) + 3NaF (aq)

complete ionic equation:

3Ag* (aq) + 3F (aq) + 3Na* (aq) + PO4* (aq) — AgsPO4(s) +3Na' (aq) + 3F~ (aq)

net ionic equation:

3Ag* (aq) + PO~ (aq) — AgszPOy4(s)

So far, we have always indicated whether a reaction will occur when solutions are mixed and, if so, what products will form. As
you advance in chemistry, however, you will need to predict the results of mixing solutions of compounds, anticipate what kind of
reaction (if any) will occur, and predict the identities of the products. Students tend to think that this means they are supposed to
“just know” what will happen when two substances are mixed. Nothing could be further from the truth: an infinite number of
chemical reactions is possible, and neither you nor anyone else could possibly memorize them all. Instead, you must begin by
identifying the various reactions that could occur and then assessing which is the most probable (or least improbable) outcome.

The most important step in analyzing an unknown reaction is to write down all the species—whether molecules or dissociated ions
—that are actually present in the solution (not forgetting the solvent itself) so that you can assess which species are most likely to
react with one another. The easiest way to make that kind of prediction is to attempt to place the reaction into one of several
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familiar classifications, refinements of the five general kinds of reactions (acid-base, exchange, condensation, cleavage, and
oxidation—reduction reactions). In the sections that follow, we discuss three of the most important kinds of reactions that occur in
aqueous solutions: precipitation reactions (also known as exchange reactions), acid-base reactions, and oxidation-reduction
reactions.

Predicting Solubilities

Table 4.5.1 gives guidelines for predicting the solubility of a wide variety of ionic compounds. To determine whether a precipitation
reaction will occur, we identify each species in the solution and then refer to Table 4.5.1 to see which, if any, combination(s) of
cation and anion are likely to produce an insoluble salt. In doing so, it is important to recognize that soluble and insoluble are
relative terms that span a wide range of actual solubilities. We will discuss solubilities in more detail later, where you will learn that
very small amounts of the constituent ions remain in solution even after precipitation of an “insoluble” salt. For our purposes,
however, we will assume that precipitation of an insoluble salt is complete.

Table 4.5.1: Guidelines for Predicting the Solubility of Ionic Compounds in Water

Soluble Exceptions

most salts that contain an alkali
Rule 1 metal (Li*, Na*, K*, Rb*, and
Cs") and ammonium (NH4")

most salts that contain the

Rule 2
we nitrate (NO3") anion
most salts of anions derived 1 ate and salts of 1
Rule 3 from monocarboxylic acids but not s;v.er aceba ¢ Elmt salls of long-
n car
(e.8., CH1CO,) chain carboxylates
salts of metal ions located on
most chloride, bromide, and the lower right side of the
Rule 4 o but not o R
iodide salts periodic table (e.g., Cu™, Ag",
Pb?*, and Hg,?").
Insoluble Exceptions

salts of the alkali metals (group
1), the heavier alkaline earths
(Ca2*, Sr?*, and Ba2* in group
2), and the NH,* ion.

most salts that contain the
Rule 5 hydroxide (OH") and sulfide but not
(S*") anions

most carbonate (CO32”) and salts of the alkali metals or the
Rule 6 N but not ..

phosphate (PO4”") salts NH,4" ion.

most sulfate (SO427) salts that salts of +1 cations, Mg?*, and
Rule 7 contain main group cations but not dipositive transition metal

with a charge > +2 cations (e.g., Ni2*")

Just as important as predicting the product of a reaction is knowing when a chemical reaction will not occur. Simply mixing
solutions of two different chemical substances does not guarantee that a reaction will take place. For example, if 500 mL of a 1.0 M
aqueous NaCl solution is mixed with 500 mL of a 1.0 M aqueous KBr solution, the final solution has a volume of 1.00 L and
contains 0.50 M Na*(aq), 0.50 M Cl~(aq), 0.50 M K*(aq), and 0.50 M Br~(aq). As you will see in the following sections, none of
these species reacts with any of the others. When these solutions are mixed, the only effect is to dilute each solution with the other
(Figure 4.5.1).
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KBr({aq} NaCl{aq)

Figure 4.5.1: The Effect of Mixing Aqueous KBr and NaCl Solutions. Because no net reaction occurs, the only effect is to dilute
each solution with the other. (Water molecules are omitted from molecular views of the solutions for clarity.)

v/ Example 4.5.2

Using the information in Table 4.5.1, predict what will happen in each case involving strong electrolytes. Write the net ionic
equation for any reaction that occurs.

a. Aqueous solutions of barium chloride and lithium sulfate are mixed.

b. Aqueous solutions of rubidium hydroxide and cobalt(II) chloride are mixed.
c. Aqueous solutions of strontium bromide and aluminum nitrate are mixed.

d. Solid lead(II) acetate is added to an aqueous solution of ammonium iodide.

Given: reactants

Asked for: reaction and net ionic equation

Strategy:

A. Identify the ions present in solution and write the products of each possible exchange reaction.

B. Refer to Table 4.5.1 to determine which, if any, of the products is insoluble and will therefore form a precipitate. If a
precipitate forms, write the net ionic equation for the reaction.

Solution:

A Because barium chloride and lithium sulfate are strong electrolytes, each dissociates completely in water to give a solution
that contains the constituent anions and cations. Mixing the two solutions initially gives an aqueous solution that contains Ba",
CI7, Li*, and SO4%" ions. The only possible exchange reaction is to form LiCl and BaSOy:

Ba®*(aq) + 2CI ™ (aq) + 2Li*(aq) + SO,% (aq)

B We now need to decide whether either of these products is insoluble. Table 4.5.1 shows that LiCl is soluble in water (rules 1
and 4), but BaSQy is not soluble in water (rule 5). Thus BaSO,4 will precipitate according to the net ionic equation

Ba®"(ag) + SO3 (ag) — BaSO4(s)

Although soluble barium salts are toxic, BaSOy is so insoluble that it can be used to diagnose stomach and intestinal problems
without being absorbed into tissues. An outline of the digestive organs appears on x-rays of patients who have been given a
“barium milkshake” or a “barium enema”—a suspension of very fine BaSO, particles in water.
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An x-ray of the digestive organs of a patient who has swallowed a “barium milkshake.” A barium milkshake is a suspension of
very fine BaSO, particles in water; the high atomic mass of barium makes it opaque to x-rays. from Wikipedia.

1. A Rubidium hydroxide and cobalt(II) chloride are strong electrolytes, so when aqueous solutions of these compounds are
mixed, the resulting solution initially contains Rb*, OH™, Co?*, and C1™ ions. The possible products of an exchange reaction
are rubidium chloride and cobalt(IT) hydroxide):

Rb*(aqg) + OH (aq) + Co**(aq) + 2Cl (aq)

B According to Table 4.5.1, RbCl is soluble (rules 1 and 4), but Co(OH), is not soluble (rule 5). Hence Co(OH), will
precipitate according to the following net ionic equation:

Co**(aq) + 20H(aq) — Co(OH)2(s)

2. A When aqueous solutions of strontium bromide and aluminum nitrate are mixed, we initially obtain a solution that
contains Sr**, Br~, AI**, and NO3™ ions. The two possible products from an exchange reaction are aluminum bromide and
strontium nitrate:

Sr**(aq) + 2Br~(aq) + AP*(aq) + 3NO; ~ (aq)

B According to Table 4.5.1, both AlBr; (rule 4) and Sr(NO3), (rule 2) are soluble. Thus no net reaction will occur.

1. A According to Table 4.5.1, lead acetate is soluble (rule 3). Thus solid lead acetate dissolves in water to give Pb?* and
CH;CO,™ ions. Because the solution also contains NH,* and I ions, the possible products of an exchange reaction are
ammonium acetate and lead(IT) iodide:

NH4*(ag) + 17 (aq) + Pb?*(ag) + 2CH;CO, (aq)

B According to Table 4.5.1, ammonium acetate is soluble (rules 1 and 3), but Pbl; is insoluble (rule 4). Thus Pb(C,H3053),
will dissolve, and PbI, will precipitate. The net ionic equation is as follows:

Pb** (ag) + 21~ (aq) — PbIy(s)

? Exercise 4.5.2

Using the information in Table 4.5.1, predict what will happen in each case involving strong electrolytes. Write the net ionic
equation for any reaction that occurs.

a. An aqueous solution of strontium hydroxide is added to an aqueous solution of iron(IT) chloride.
b. Solid potassium phosphate is added to an aqueous solution of mercury(II) perchlorate.

c. Solid sodium fluoride is added to an aqueous solution of ammonium formate.

d. Aqueous solutions of calcium bromide and cesium carbonate are mixed.
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Answer a

Fe?*(ag) + 20H ~(agq) — Fe(OH)s(s)
Answer b

2P0} (aq) + 3Hg™ (aq) — Hgs(PO4)2(s)
Answer c

NaF(s) dissolves; no net reaction
Answer d

Ca?*(aq) + CO% (ag) = CaCO3(s)

Predicting the Solubility of Tonic Compounds:
[youtu.be]
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4.6: Acid-Base and Gas-Evolution Reactions

4b Learning Objectives

e To know the characteristic properties of acids and bases.

Acid-base reactions are essential in both biochemistry and industrial chemistry. Moreover, many of the substances we encounter in
our homes, the supermarket, and the pharmacy are acids or bases. For example, aspirin is an acid (acetylsalicylic acid), and
antacids are bases. In fact, every amateur chef who has prepared mayonnaise or squeezed a wedge of lemon to marinate a piece of
fish has carried out an acid-base reaction. Before we discuss the characteristics of such reactions, let’s first describe some of the
properties of acids and bases.

Definitions of Acids and Bases

We can define acids as substances that dissolve in water to produce H* ions, whereas bases are defined as substances that dissolve
in water to produce OH" ions. In fact, this is only one possible set of definitions. Although the general properties of acids and bases
have been known for more than a thousand years, the definitions of acid and base have changed dramatically as scientists have
learned more about them. In ancient times, an acid was any substance that had a sour taste (e.g., vinegar or lemon juice), caused
consistent color changes in dyes derived from plants (e.g., turning blue litmus paper red), reacted with certain metals to produce
hydrogen gas and a solution of a salt containing a metal cation, and dissolved carbonate salts such as limestone (CaCO3) with the
evolution of carbon dioxide. In contrast, a base was any substance that had a bitter taste, felt slippery to the touch, and caused color
changes in plant dyes that differed diametrically from the changes caused by acids (e.g., turning red litmus paper blue). Although
these definitions were useful, they were entirely descriptive.

r
¢ k]
Acid 1
Sour taste B.ase
Turns blue litmus red Bitter taste

reacts with some metals to produce H, ~ Tums red litmus blue

Dissolves carbonate salts, releasing CO, Slippery to the touch w

The Arrhenius Definition of Acids and Bases

The first person to define acids and bases in detail was the Swedish chemist Svante Arrhenius (1859-1927; Nobel Prize in
Chemistry, 1903). According to the Arrhenius definition, an acid is a substance like hydrochloric acid that dissolves in water to
produce H* ions (protons; Equation 4.6.1), and a base is a substance like sodium hydroxide that dissolves in water to produce
hydroxide (OH") ions (Equation 4.6.2):

JHCly 200, B}, +Cley (4.6.1)
NaOH;, 2% Na},, +OH, (4.6.2)

an Arrhenius base

According to Arrhenius, the characteristic properties of acids and bases are due exclusively to the presence of H" and OH™ ions,
respectively, in solution. Although Arrhenius’s ideas were widely accepted, his definition of acids and bases had two major
limitations:

1. First, because acids and bases were defined in terms of ions obtained from water, the Arrhenius concept applied only to
substances in aqueous solution.

2. Second, and more important, the Arrhenius definition predicted that only substances that dissolve in water to produce H+ and
OH - ions should exhibit the properties of acids and bases, respectively. For example, according to the Arrhenius definition, the
reaction of ammonia (a base) with gaseous HCI (an acid) to give ammonium chloride (Equation 4.6.3) is not an acid—base
reaction because it does not involve H+ and OH:

NHj () + HCl(g) = NH4Cl(,) (4.6.3)
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The Brgnsted—Lowry Definition of Acids and Bases

Because of the limitations of the Arrhenius definition, a more general definition of acids and bases was needed. One was proposed
independently in 1923 by the Danish chemist J. N. Brgnsted (1879—-1947) and the British chemist T. M. Lowry (1874-1936), who
defined acid-base reactions in terms of the transfer of a proton (H" ion) from one substance to another.

According to Brgnsted and Lowry, an acid (A substance with at least one hydrogen atom that can dissociate to form an anion and
an H+ ion (a proton) in aqueous solution, thereby forming an acidic solution) is any substance that can donate a proton, and a base
(a substance that produces one or more hydroxide ions (OH~ and a cation when dissolved in aqueous solution, thereby forming a
basic solution) is any substance that can accept a proton. The Bronsted—Lowry definition of an acid is essentially the same as the
Arrhenius definition, except that it is not restricted to aqueous solutions. The Brgnsted—Lowry definition of a base, however, is far
more general because the hydroxide ion is just one of many substances that can accept a proton. Ammonia, for example, reacts with
a proton to form NH/, so in Equation 4.6.3, NHj is a Bronsted—Lowry base and HCI is a Brgnsted—Lowry acid. Because of its
more general nature, the Bronsted—Lowry definition is used throughout this text unless otherwise specified.

Polyprotic Acids

Acids differ in the number of protons they can donate. For example, monoprotic acids (a compound that is capable of donating one
proton per molecule) are compounds that are capable of donating a single proton per molecule. Monoprotic acids include HF, HCI,
HBr, HI, HNO3, and HNO>. All carboxylic acids that contain a single —CO,H group, such as acetic acid (CH3CO;H), are
monoprotic acids, dissociating to form RCO,~ and H'. A compound that can donate more than one proton per molecule is known as
a polyprotic acid. For example, HSO,4 can donate two H" ions in separate steps, so it is a diprotic acid (a compound that can
donate two protons per molecule in separate steps) and H3POy4, which is capable of donating three protons in successive steps, is a
triprotic acid (a compound that can donate three protons per molecule in separate steps), (Equation 4.6.4, Equation 4.6.5, and

Equation 4.6.6):
HyPOs(l) 2" H*(aq) + HyPOL (ag) (4.6.4)
HPOj (ag) = H* (ag) + HPO3 (aq) (4.6.5)
HPO?% (ag) = H™(ag) + PO (ag) (4.6.6)

In chemical equations such as these, a double arrow is used to indicate that both the forward and reverse reactions occur
simultaneously, so the forward reaction does not go to completion. Instead, the solution contains significant amounts of both
reactants and products. Over time, the reaction reaches a state in which the concentration of each species in solution remains
constant. The reaction is then said to be in equilibrium (the point at which the rates of the forward and reverse reactions become
the same, so that the net composition of the system no longer changes with time).

~—— Can be donated as H' - Can be donated as H_

H150,

H;PO, H3PO,

Ball and stick diagram of sulfuric acid, phosporic acid, phosphorous acid, and hypophosphorous acid with all of the hydrogen
atoms highlighted to show availability to be donated as H positive ion.

Strengths of Acids and Bases

We will not discuss the strengths of acids and bases quantitatively until next semester. Qualitatively, however, we can state that
strong acids react essentially completely with water to give H+ and the corresponding anion. Similarly, strong bases dissociate
essentially completely in water to give OH~ and the corresponding cation. Strong acids and strong bases are both strong
electrolytes. In contrast, only a fraction of the molecules of weak acids and weak bases react with water to produce ions, so weak
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acids and weak bases are also weak electrolytes. Typically less than 5% of a weak electrolyte dissociates into ions in solution,
whereas more than 95% is present in undissociated form.

In practice, only a few strong acids are commonly encountered: HCl, HBr, HI, HNO;, HCIO,, and H,SO, (H3PO, is only
moderately strong). The most common strong bases are ionic compounds that contain the hydroxide ion as the anion; three
examples are NaOH, KOH, and Ca(OH),. Common weak acids include HCN, H,S, HF, oxoacids such as HNO; and HCIO, and
carboxylic acids such as acetic acid. The ionization reaction of acetic acid is as follows:

H;0(
CH3CO.H(l) \——‘( ) H"(aq) + CH3CO; (aq) (4.6.7)

Although acetic acid is very soluble in water, almost all of the acetic acid in solution exists in the form of neutral molecules (less
than 1% dissociates). Sulfuric acid is unusual in that it is a strong acid when it donates its first proton (Equation 4.6.8) but a weak
acid when it donates its second proton (Equation 4.6.9) as indicated by the single and double arrows, respectively:

H,80,(1) 2229, H*(aq) + HSO; (aq) (4.6.8)
strong acid
HSOj (ag) = H*(aq) + SOi (aq) (4.6.9)
weak acid

Consequently, an aqueous solution of sulfuric acid contains H(:q) ions and a mixture of HSOY ()

molecules. All other polyprotic acids, such as H;PO,, are weak acids.

and SOZ‘(W) ions, but no HyS0,

The most common weak base is ammonia, which reacts with water to form small amounts of hydroxide ion:
NH;(g) + H,O(l) = NH/ (aq) + OH (aq) (4.6.10)

Most of the ammonia (>99%) is present in the form of NH3(g). Amines, which are organic analogues of ammonia, are also weak
bases, as are ionic compounds that contain anions derived from weak acids (such as s%).

There is no correlation between the solubility of a substance and whether it is a strong
electrolyte, a weak electrolyte, or a nonelectrolyte.

Definition of Strong/Weak Acids & Bases: [Definition
of Strong] [Definition of Strong] [youtu.be]

Table 4.6.1 lists some common strong acids and bases. Acids other than the six common strong acids are almost invariably weak

acids. The only common strong bases are the hydroxides of the alkali metals and the heavier alkaline earths (Ca, Sr, and Ba); any

other bases you encounter are most likely weak. Remember that there is no correlation between solubility and whether a substance
is a strong or a weak electrolyte! Many weak acids and bases are extremely soluble in water.

Table 4.6.1: Common Strong Acids and Bases
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Strong Acids Strong Bases
Hydrogen Halides Oxoacids Group 1 Hydroxides Hydroxide;lc;fml-iie::y Group 2
HCI HNO; LiOH Ca(OH),
HBr H,S04 NaOH Sr(OH),
HI HCIO, KOH Ba(OH),
RbOH
CsOH

v/ Example 4.6.1: Acid Strength

Classify each compound as a strong acid, a weak acid, a strong base, a weak base, or none of these.

a. CH;CH,CO,H
b. CH;0H

c. Sr(OH),

d. CH3CH,NH;
e. HBrO4

Given: compound

Asked for: acid or base strength

Strategy:

A Determine whether the compound is organic or inorganic.

B If inorganic, determine whether the compound is acidic or basic by the presence of dissociable H" or OH™ ions, respectively.
If organic, identify the compound as a weak base or a weak acid by the presence of an amine or a carboxylic acid group,
respectively. Recall that all polyprotic acids except HoSO4 are weak acids.

Solution:

a. A This compound is propionic acid, which is organic. B It contains a carboxylic acid group analogous to that in acetic acid,
so it must be a weak acid.

b. A CH;0H is methanol, an organic compound that contains the —OH group. B As a covalent compound, it does not
dissociate to form the OH™ ion. Because it does not contain a carboxylic acid (—CO,H) group, methanol also cannot
dissociate to form H*(aq) ions. Thus we predict that in aqueous solution methanol is neither an acid nor a base.

c. A Sr(OH), is an inorganic compound that contains one Sr** and two OH™ ions per formula unit. B We therefore expect it to
be a strong base, similar to Ca(OH);.

d. A CH3CH,NHj; is an amine (ethylamine), an organic compound in which one hydrogen of ammonia has been replaced by
an R group. B Consequently, we expect it to behave similarly to ammonia (Equation 4.6.7), reacting with water to produce
small amounts of the OH" ion. Ethylamine is therefore a weak base.

e. A HBrOy is perbromic acid, an inorganic compound. B It is not listed in Table 4.6.1 as one of the common strong acids, but
that does not necessarily mean that it is a weak acid. If you examine the periodic table, you can see that Br lies directly

below Cl in group 17. We might therefore expect that HBrO, is chemically similar to HCIO,, a strong acid—and, in fact, it
is.

? Exercise 4.6.1: Acid Strength

Classify each compound as a strong acid, a weak acid, a strong base, a weak base, or none of these.

a. Ba(OH),
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b. HIO4
C. CH3CH2CH2C02H
d. (CH3),NH
e. CH,O
Answer a
strong base
Answer b
strong acid
Answer ¢
weak acid
Answer d
weak base

Answer e

none of these; formaldehyde is a neutral molecule

4.6: Acid-Base and Gas-Evolution Reactions is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
LibreTexts.

« 4.3: Acid-Base Reactions is licensed CC BY-NC-SA 3.0.
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4.7: Oxidation-Reduction Reactions

4b Learning Objectives

e To identify oxidation—reduction reactions in solution.

The term oxidation was first used to describe reactions in which metals react with oxygen in air to produce metal oxides. When
iron is exposed to air in the presence of water, for example, the iron turns to rust—an iron oxide. When exposed to air, aluminum
metal develops a continuous, transparent layer of aluminum oxide on its surface. In both cases, the metal acquires a positive charge
by transferring electrons to the neutral oxygen atoms of an oxygen molecule. As a result, the oxygen atoms acquire a negative
charge and form oxide ions (O?"). Because the metals have lost electrons to oxygen, they have been oxidized; oxidation is therefore
the loss of electrons. Conversely, because the oxygen atoms have gained electrons, they have been reduced, so reduction is the gain
of electrons. For every oxidation, there must be an associated reduction. Therefore, these reactions are known as oxidation-
reduction reactions, or "redox" reactions for short.

I Any oxidation must ALWAYS be accompanied by a reduction and vice versa.

Originally, the term reduction referred to the decrease in mass observed when a metal oxide was heated with carbon monoxide, a
reaction that was widely used to extract metals from their ores. When solid copper(I) oxide is heated with hydrogen, for example,
its mass decreases because the formation of pure copper is accompanied by the loss of oxygen atoms as a volatile product (water
vapor). The reaction is as follows:

CuyO(s) + Hy(g) — 2Cu(s) + Hy0(g) (4.7.1)

Oxidation-reduction reactions are now defined as reactions that exhibit a change in the oxidation states of one or more elements in
the reactants by a transfer of electrons, which follows the mnemonic "oxidation is loss, reduction is gain", or "eil rig". The
oxidation state of each atom in a compound is the charge an atom would have if all its bonding electrons were transferred to the
atom with the greater attraction for electrons. Atoms in their elemental form, such as O, or H,, are assigned an oxidation state of
zero. For example, the reaction of aluminum with oxygen to produce aluminum oxide is

4Al (S) +30; — 2Al1,03 (S) (4.7.2)

Each neutral oxygen atom gains two electrons and becomes negatively charged, forming an oxide ion; thus, oxygen has an
oxidation state of -2 in the product and has been reduced. Each neutral aluminum atom loses three electrons to produce an
aluminum ion with an oxidation state of +3 in the product, so aluminum has been oxidized. In the formation of Al,O3, electrons are
transferred as follows (the small overset number emphasizes the oxidation state of the elements):

0 0
4A1+4 302 — 4 A3 + 6 0% (4.7.3)

Equation 4.7.1 and Equation 4.7.2 are examples of oxidation-reduction (redox) reactions. In redox reactions, there is a net transfer
of electrons from one reactant to another. In any redox reaction, the total number of electrons lost must equal the total of electrons
gained to preserve electrical neutrality. In Equation 4.7.3, for example, the total number of electrons lost by aluminum is equal to
the total number gained by oxygen:

electrons lost = 4 Alatoms x 8¢ lost
Alatom
=12¢  lost
2e~ gained
electrons gained = 6 O atoms x <€ gamed
O atom

=12e™ gained

The same pattern is seen in all oxidation—reduction reactions: the number of electrons lost must equal the number of electrons
gained. An additional example of a redox reaction, the reaction of sodium metal with chlorine is illustrated in Figure 4.7.1.
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In all oxidation—reduction (redox) reactions, the number of electrons lost equals the
number of electrons gained.

Assigning Oxidation States

Assigning oxidation states to the elements in binary ionic compounds is straightforward: the oxidation states of the elements are
identical to the charges on the monatomic ions. Previously, you learned how to predict the formulas of simple ionic compounds
based on the sign and magnitude of the charge on monatomic ions formed by the neutral elements. Examples of such compounds
are sodium chloride (NaCl; Figure 4.7.1), magnesium oxide (MgO), and calcium chloride (CaCl,). In covalent compounds, in
contrast, atoms share electrons. However, we can still assign oxidation states to the elements involved by treating them as if they
were ionic (that is, as if all the bonding electrons were transferred to the more attractive element). Oxidation states in covalent
compounds are somewhat arbitrary, but they are useful bookkeeping devices to help you understand and predict many reactions.

Reductant:
Loses e + 1 .
Becomes oxidation
idi state
oxidized
electron il
transfer ¥ 1 _
i £ oxidation
Oxidant: / ; i
Gains e ' @
Becomes . ’
reduced

Figure 4.7.1: The Reaction of a Neutral Sodium Atom with a Neutral Chlorine Atom. The result is the transfer of one electron from
sodium to chlorine, forming the ionic compound NaCl.

Sodium atom acts as the reductant and chlorine as the oxidant. The result is an oxidation state of positive 1 and negative 1 for
sodium and chloride ion respectively.

A set of rules for assigning oxidation states to atoms in chemical compounds follows.

X Rules for Assigning Oxidation States

1. The oxidation state of an atom in any pure element, whether monatomic, diatomic, or polyatomic, is zero.

2. The oxidation state of a monatomic ion is the same as its charge—for example, Na* = +1, CI” = -1.

3. The oxidation state of fluorine in chemical compounds is always —1. Other halogens usually have oxidation states of —1 as
well, except when combined with oxygen or other halogens.

4. Hydrogen is assigned an oxidation state of +1 in its compounds with nonmetals and -1 in its compounds with metals.

5. Oxygen is normally assigned an oxidation state of —2 in compounds, with two exceptions: in compounds that contain
oxygen—fluorine or oxygen—oxygen bonds, the oxidation state of oxygen is determined by the oxidation states of the other
elements present.

6. The sum of the oxidation states of all the atoms in a neutral molecule or ion must equal the charge on the molecule or ion.

Nonintegral (fractional) oxidation states are encountered occasionally. They are usually
due to the presence of two or more atoms of the same element with different oxidation
states.

In any chemical reaction, the net charge must be conserved; that is, in a chemical reaction, the total number of electrons is constant,
just like the total number of atoms. Consistent with this, rule 1 states that the sum of the individual oxidation states of the atoms in
a molecule or ion must equal the net charge on that molecule or ion. In NaCl, for example, Na has an oxidation state of +1 and Cl is
—1. The net charge is zero, as it must be for any compound.

Rule 3 is required because fluorine attracts electrons more strongly than any other element, for reasons you will discover in Chapter
6. Hence fluorine provides a reference for calculating the oxidation states of other atoms in chemical compounds. Rule 4 reflects
the difference in chemistry observed for compounds of hydrogen with nonmetals (such as chlorine) as opposed to compounds of
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hydrogen with metals (such as sodium). For example, NaH contains the H™ ion, whereas HCl forms H* and Cl™ ions when
dissolved in water. Rule 5 is necessary because fluorine has a greater attraction for electrons than oxygen does; this rule also
prevents violations of rule 2. So the oxidation state of oxygen is +2 in OF; but =% in KO». Note that an oxidation state of —% for O
in KOy is perfectly acceptable.

The reduction of copper(I) oxide shown in Equation 4.7.4 demonstrates how to apply these rules. Rule 1 states that atoms in their
elemental form have an oxidation state of zero, which applies to H and Cu. From rule 4, hydrogen in H,O has an oxidation state of
+1, and from rule 5, oxygen in both Cu,O and H,O has an oxidation state of —2. Rule 6 states that the sum of the oxidation states in
a molecule or formula unit must equal the net charge on that compound. This means that each Cu atom in CuyO must have a charge
of +1: 2(+1) + (=2) = 0. So the oxidation states are as follows:

41 —2 0 0 +1 =2
Cuz0(s) + Ha(g) = 2Cu(s) + H,0(g) (4.7.4)

Assigning oxidation states allows us to see that there has been a net transfer of electrons from hydrogen (0 — +1) to copper (+1 -
0). Thus, this is a redox reaction. Once again, the number of electrons lost equals the number of electrons gained, and there is a net
conservation of charge:

le™ lost
electrons lost = 2 H atoms x ————— = 2¢~ lost (4.7.5)
H atom
electrons gained = 2 Cuatoms x 1e” gained 2e” gained (4.7.6)
& - Cuatom & o

Remember that oxidation states are useful for visualizing the transfer of electrons in oxidation-reduction reactions, but the
oxidation state of an atom and its actual charge are the same only for simple ionic compounds. Oxidation states are a convenient
way of assigning electrons to atoms, and they are useful for predicting the types of reactions that substances undergo.

v/ Example 4.7.1: Oxidation States

Assign oxidation states to all atoms in each compound.

a. sulfur hexafluoride (SFg)

b. methanol (CH;0H)

c. ammonium sulfate [(NH,)2SO,]
d. magnetite (Fe;0,4)

e. ethanoic (acetic) acid (CH3CO,H)

Given: molecular or empirical formula
Asked for: oxidation states
Strategy:

Begin with atoms whose oxidation states can be determined unambiguously from the rules presented (such as fluorine, other
halogens, oxygen, and monatomic ions). Then determine the oxidation states of other atoms present according to rule 1.

Solution:

a. We know from rule 3 that fluorine always has an oxidation state of —1 in its compounds. The six fluorine atoms in sulfur
hexafluoride give a total negative charge of —6. Because rule 1 requires that the sum of the oxidation states of all atoms be zero
in a neutral molecule (here SFg), the oxidation state of sulfur must be +6:

[(6 F atoms)(—1)] + [(1 S atom) (+6)] =0

b. According to rules 4 and 5, hydrogen and oxygen have oxidation states of +1 and —2, respectively. Because methanol has no
net charge, carbon must have an oxidation state of —2:

[(4 H atoms)(+1)] + [(1 O atom)(-2)] + [(1 C atom)(-2)] =0

c. Note that (NH,),SOy is an ionic compound that consists of both a polyatomic cation (NH4") and a polyatomic anion (SO47)
(see Table 2.4). We assign oxidation states to the atoms in each polyatomic ion separately. For NH4*, hydrogen has an
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oxidation state of +1 (rule 4), so nitrogen must have an oxidation state of —3:
[(4 H atoms)(+1)] + [(1 N atom)(—3)] = +1, the charge on the NH," ion
For SO42-, oxygen has an oxidation state of —2 (rule 5), so sulfur must have an oxidation state of +6:
[(4 O atoms) (—2)] + [(1 S atom)(+6)] = —2, the charge on the sulfate ion

d. Oxygen has an oxidation state of —2 (rule 5), giving an overall charge of —8 per formula unit. This must be balanced by the
positive charge on three iron atoms, giving an oxidation state of +8/3 for iron:

[(4 O atoms)(-2)]+[(3 Fe atoms)(+8)]= 0

Fractional oxidation states are allowed because oxidation states are a somewhat arbitrary way of keeping track of electrons. In
fact, Fe30,4 can be viewed as having two Fe3' ions and one Fe?" ion per formula unit, giving a net positive charge of +8 per
formula unit. Fe3Oy4 is a magnetic iron ore commonly called magnetite. In ancient times, magnetite was known as lodestone
because it could be used to make primitive compasses that pointed toward Polaris (the North Star), which was called the
“lodestar.”

e. Initially, we assign oxidation states to the components of CH3CO,H in the same way as any other compound. Hydrogen and
oxygen have oxidation states of +1 and -2 (rules 4 and 5, respectively), resulting in a total charge for hydrogen and oxygen of

[(4 H atoms)(+1)] + [(2 O atoms)(-2)] = 0

So the oxidation state of carbon must also be zero (rule 6). This is, however, an average oxidation state for the two carbon
atoms present. Because each carbon atom has a different set of atoms bonded to it, they are likely to have different oxidation
states. To determine the oxidation states of the individual carbon atoms, we use the same rules as before but with the additional
assumption that bonds between atoms of the same element do not affect the oxidation states of those atoms. The carbon atom
of the methyl group (—CHj) is bonded to three hydrogen atoms and one carbon atom. We know from rule 4 that hydrogen has
an oxidation state of +1, and we have just said that the carbon—carbon bond can be ignored in calculating the oxidation state of
the carbon atom. For the methyl group to be electrically neutral, its carbon atom must have an oxidation state of —3. Similarly,
the carbon atom of the carboxylic acid group (—CO,H) is bonded to one carbon atom and two oxygen atoms. Again ignoring
the bonded carbon atom, we assign oxidation states of —2 and +1 to the oxygen and hydrogen atoms, respectively, leading to a
net charge of

[(2 O atoms)(-2)] + [(1 H atom)(+1)] = -3

To obtain an electrically neutral carboxylic acid group, the charge on this carbon must be +3. The oxidation states of the
individual atoms in acetic acid are thus

+143 41
CaH;;C O.H
= -2

Thus the sum of the oxidation states of the two carbon atoms is indeed zero.

? Exercise 4.7.1: Oxidation States
Assign oxidation states to all atoms in each compound.

a. barium fluoride (BaFy)

b. formaldehyde (CH,0)

c. potassium dichromate (K,Cr,0)
d. cesium oxide (CsO,)

e. ethanol (CH;CH,OH)

Answer a
Ba, +2; F, -1
Answer b

C 0;H, +1;0,-2
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Answer c

K, +1; Cr, +6; O, —2
Answer d

Cs, +1; O, -%
Answer e

C,-3;H,+1;C,-1; H, +1; O, -2; H, +1

Types of Redox Reactions

Many types of chemical reactions are classified as redox reactions, and it would be impossible to memorize all of them. However,
there are a few important types of redox reactions that you are likely to encounter and should be familiar with. These include:

o Synthesis reactions: The formation of any compound directly from the elements is a redox reaction, for example, the formation
of water from hydrogen and oxygen:

2H2(g) + O2(g) — 2H20(g)

o Decomposition reactions: Conversely, the decomposition of a compound to its elements is also a redox reaction, as in the
electrolysis of water:

2H;0(1) — 2H(g) + 02 (g)

o Combustion reactions: Many chemicals combust (burn) with oxygen. In particular, organic chemicals such as hydrocarbons
burn in the presence of oxygen to produce carbon dioxide and water as the products:

CHy(g) +202(g) — CO2(g) + 2H0(g)
The following sections describe another important class of redox reactions: single-displacement reactions of metals in solution.
Redox Reactions of Solid Metals in Aqueous Solution
o A widely encountered class of oxidation-reduction reactions is the reaction of aqueous solutions of acids or metal salts with
solid metals. An example is the corrosion of metal objects, such as the rusting of an automobile (Figure 4.7.2). Rust is formed

from a complex oxidation-reduction reaction involving dilute acid solutions that contain Cl~ ions (effectively, dilute HCI), iron
metal, and oxygen. When an object rusts, iron metal reacts with HCl(aq) to produce iron(II) chloride and hydrogen gas:

Fe(s) + 2HCl(aq) — FeCls(aq) + Ha(g) (4.7.7)

In subsequent steps, FeCl, undergoes oxidation to form a reddish-brown precipitate of Fe(OH)s.

Figure 4.7.2: Rust Formation. The corrosion process involves an oxidation-reduction reaction in which metallic iron is
converted to Fe(OH)3, a reddish-brown solid.
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Many metals dissolve through reactions of this type, which have the general form
metal + acid — salt + hydrogen (4.7.8)

Some of these reactions have important consequences. For example, it has been proposed that one factor that contributed to the
fall of the Roman Empire was the widespread use of lead in cooking utensils and pipes that carried water. Rainwater, as we
have seen, is slightly acidic, and foods such as fruits, wine, and vinegar contain organic acids. In the presence of these acids,
lead dissolves:

Pb(s) + 2H* (aq) — Pb%*(aq) + H (g) (4.7.9)

Consequently, it has been speculated that both the water and the food consumed by Romans contained toxic levels of lead,
which resulted in widespread lead poisoning and eventual madness. Perhaps this explains why the Roman Emperor Caligula
appointed his favorite horse as consul!

« Single-Displacement Reactions

Certain metals are oxidized by aqueous acid, whereas others are oxidized by aqueous solutions of various metal salts. Both
types of reactions are called single-displacement reactions, in which the ion in solution is displaced through oxidation of the
metal. Two examples of single-displacement reactions are the reduction of iron salts by zinc (Equation 4.7.10) and the reduction
of silver salts by copper (Equation 4.7.11 and Figure 4.7.3):

Zn(s) + Fe?* (aq) — Zn%" (aq) + Fe(s) (4.7.10)
Cu(s) +2Ag* (aq) — Cu?(aq) +2Ag(s) (4.7.11)

The reaction in Equation 4.7.10 is widely used to prevent (or at least postpone) the corrosion of iron or steel objects, such as
nails and sheet metal. The process of “galvanizing” consists of applying a thin coating of zinc to the iron or steel, thus
protecting it from oxidation as long as zinc remains on the object.

Figure used with permission (CC BY-SA 3.0; Toby Hudson).

» The Activity Series

By observing what happens when samples of various metals are placed in contact with solutions of other metals, chemists have
arranged the metals according to the relative ease or difficulty with which they can be oxidized in a single-displacement
reaction. For example, metallic zinc reacts with iron salts, and metallic copper reacts with silver salts. Experimentally, it is
found that zinc reacts with both copper salts and silver salts, producing Zn,*. Zinc therefore has a greater tendency to be
oxidized than does iron, copper, or silver. Although zinc will not react with magnesium salts to give magnesium metal,
magnesium metal will react with zinc salts to give zinc metal:

Zn(s) +Mg™* (aq) >€ Zn™* (aq) + Mg(s) (4.7.12)
Mg (s) + Zn?* (aq) — Mg?* (aq) + Zn(s) (4.7.13)
Magnesium has a greater tendency to be oxidized than zinc does.

Pairwise reactions of this sort are the basis of the activity series (Figure 4.7.4), which lists metals and hydrogen in order of their
relative tendency to be oxidized. The metals at the top of the series, which have the greatest tendency to lose electrons, are the
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alkali metals (group 1), the alkaline earth metals (group 2), and Al (group 13). In contrast, the metals at the bottom of the series,
which have the lowest tendency to be oxidized, are the precious metals or coinage metals—platinum, gold, silver, and copper,
and mercury, which are located in the lower right portion of the metals in the periodic table. You should be generally familiar
with which kinds of metals are active metals, which have the greatest tendency to be oxidized. (located at the top of the series)
and which are inert metals, which have the least tendency to be oxidized. (at the bottom of the series).

Element Oxidation Reaction
------------ oo | Lithium i — Li‘+e A
vigorously Potassium K — K'+e
:ig‘t‘:'d Barium Ba — Ba¥+2e
fo’,g, H, Calcium Ca — Ca*+2e
--------- Sodium Na — Na*+e"
Magnesium Mg — Mg** +2e”
Aluminum Al — AP*+3e [
I cuyitl Manganese | Mn — Mn?* +2e” ':3
steam o =
to form H, Zinc Zn — In**+2e 2
Chromium G — Crf+3e -
----------------- Iron Fe — Fe’+2e g
Cadmium Cd — Cd*+2e 5]
Heacfith Cobalt Co — Co*+2e £
simple acids : . . @
toform H, Nickel Ni  — Ni**+2e 3
Tin Sn — Sn*t+ 2e E
———————————————————————— Lead Pb — Pb¥+2e B
Hydrogen H, — 2H"+2e"
[ Copper Cu — Cu*+2e
:f;':;s; Silver Ag — Ag'+e
i Mercury Hg — Hg*+2e"
afds Platinum Pt — Pt¥*+2e
--------- Gold Au — Aut+e

Figure 4.7.4: The Activity Series

When using the activity series to predict the outcome of a reaction, keep in mind that any element will reduce compounds of the
elements below it in the series. Because magnesium is above zinc in Figure 4.7.4, magnesium metal will reduce zinc salts but
not vice versa. Similarly, the precious metals are at the bottom of the activity series, so virtually any other metal will reduce
precious metal salts to the pure precious metals. Hydrogen is included in the series, and the tendency of a metal to react with an
acid is indicated by its position relative to hydrogen in the activity series. Only those metals that lie above hydrogen in the
activity series dissolve in acids to produce H,. Because the precious metals lie below hydrogen, they do not dissolve in dilute
acid and therefore do not corrode readily. Example 4.7.2 demonstrates how a familiarity with the activity series allows you to
predict the products of many single-displacement reactions.

v Example 4.7.2: Activity

Using the activity series, predict what happens in each situation. If a reaction occurs, write the net ionic equation.

a. A strip of aluminum foil is placed in an aqueous solution of silver nitrate.
b. A few drops of liquid mercury are added to an aqueous solution of lead(II) acetate.
c¢. Some sulfuric acid from a car battery is accidentally spilled on the lead cable terminals.

Given: reactants
Asked for: overall reaction and net ionic equation
Strategy:

A. Locate the reactants in the activity series in Figure 4.7.4 and from their relative positions, predict whether a reaction will
occur. If a reaction does occur, identify which metal is oxidized and which is reduced.
B. Write the net ionic equation for the redox reaction.

Solution:
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1. A Aluminum is an active metal that lies above silver in the activity series, so we expect a reaction to occur. According to
their relative positions, aluminum will be oxidized and dissolve, and silver ions will be reduced to silver metal. B The
net ionic equation is as follows:

Al(s) +3Ag* (aq) — AI** (aq) +3Ag(s)

Recall from our discussion of solubilities that most nitrate salts are soluble. In this case, the nitrate ions are spectator
ions and are not involved in the reaction.

2. A Mercury lies below lead in the activity series, so no reaction will occur.

3. A Lead is above hydrogen in the activity series, so the lead terminals will be oxidized, and the acid will be reduced to
form H,. B From our discussion of solubilities, recall that Pb?>* and SO,*~ form insoluble lead(II) sulfate. In this case,
the sulfate ions are not spectator ions, and the reaction is as follows:

Pb(s) + 2H" (aq) + S04% (aq) — PbSO4(s) + Hz (g)

Lead(II) sulfate is the white solid that forms on corroded battery terminals.

Corroded battery terminals. The white solid is lead(II) sulfate, formed from the reaction of solid lead with a solution of

sulfuric acid.
? Exercise 4.7.2

Using the activity series, predict what happens in each situation. If a reaction occurs, write the net ionic equation.

a. A strip of chromium metal is placed in an aqueous solution of aluminum chloride.
b. A strip of zinc is placed in an aqueous solution of chromium(III) nitrate.
c. A piece of aluminum foil is dropped into a glass that contains vinegar (the active ingredient is acetic acid).
Answer a
no reaction
Answer b
3Zn(s)+ 2Cr3*(aq)— 3Zn** (aq)+ 2Cr(s)
Answer c

\(2Al(s) + 6CH_3CO_2H(aq) \rightarrow 2AlA{3+}(aq) + 6CH_3CO_2/-(aq) + 3H_2(g)\

Summary

Oxidation—reduction reactions are balanced by separating the overall chemical equation into an oxidation equation and a
reduction equation. In oxidation—reduction reactions, electrons are transferred from one substance or atom to another. We can
balance oxidation—reduction reactions in solution using the oxidation state method (Table 4.7.1), in which the overall reaction
is separated into an oxidation equation and a reduction equation. There are many types of redox reactions. Single-displacement
reactions are reactions of metals with either acids or another metal salt that result in dissolution of the first metal and
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precipitation of a second (or evolution of hydrogen gas). The outcome of these reactions can be predicted using the activity
series (Figure 4.7.4), which arranges metals and H; in decreasing order of their tendency to be oxidized. Any metal will reduce

metal ions below it in the activity series. Active metals lie at the top of the activity series, whereas inert metals are at the
bottom of the activity series.

4.7: Oxidation-Reduction Reactions is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.
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5.1: Water from Wells- Atmospheric Pressure at Work

A water well is an excavation or structure created in the ground by digging, driving, boring, or drilling to access groundwater in
underground aquifers. The well water is often drawn by a pump (Figure 5.1.1). Unfortunately, it impossible to pump water from
very deep in the ground with just a surface pump. The key to understanding why is realizing that suction generated by the pump is
not a force, but simply removing an opposing force to the force of air pressure which is already there. When you stick a pipe down
a deep hole into a pool of water at the bottom of a well, air inside the pipe is pushing down on the water in the pipe, and air outside
the pipe is pushing down on the water outside the pipe, which in turn pushes up on water inside the pipe - all is in a balance.

A man operating a hand pump with his left hand while his right hand is holding a basin to collect water.

Figure 5.1.1: The manual water pump draws water up from a well by creating a vacuum that water rushes in to fill. Hand pump to
pump water from a well in a village near Chennai in India. (CC by 2.0; Sustainable Sanitation Alliance).

Let's say you suck out the air inside the pipe. The water is pushed up the the same as it was before, but there is no counter acting
force pushing the water down, so it begins to rise inside the pipe (Figure 5.1.2). So far so good, but the water stops rising at some
height since the water is pulled down by gravity (i.e., the more water in the pipe, the more it weighs). Since the force of the air
outside the pipe is not changing, eventually the weight of the water is equal to the air pressure outside the pipe. When this happens,
the system is in balance again and water stops flowing.

I Suction is not a force, the atmospheric pressure is.

Water is pumped from a well by creating a partial vacuum above the water by the pump. The amount of vacuum is equal to the
weight of the column of water from the water table to the surface. Atmospheric pressure at sea level is 760 mm of mercury (1.01
x 10® Pascals), which is equivalent to a 10.3-meter column of water. This is how deep water can be pumped from (with a surface

pump; other pressurized pumps can go deeper).
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Force rod
Piston rod

Water outlet
Cylinder

—— Piston

Check valve
Sealing O-ring
Check valve

Water suction
line

The parts listed are force rod, piston rod, cylinder, piston, check valve, sealing O-ring, check valve, water outlet, water suction line
and the actual water itself.

Figure 5.1.2: Cross section and details of a surface pump used in a well. (CC BY-SA 3.0; Manco Capac).

5.1: Water from Wells- Atmospheric Pressure at Work is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
LibreTexts.
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5.2: Pressure- The Result of Particle Collisions

Learning Objectives

o Define the property of pressure

o Define and convert among the units of pressure measurements

o Describe the operation of common tools for measuring gas pressure
o Calculate pressure from manometer data

The earth’s atmosphere exerts a pressure, as does any other gas. Although we do not normally notice atmospheric pressure, we are
sensitive to pressure changes—for example, when your ears “pop” during take-off and landing while flying, or when you dive
underwater. Gas pressure is caused by the force exerted by gas molecules colliding with the surfaces of objects (Figure 5.2.1).
Although the force of each collision is very small, any surface of appreciable area experiences a large number of collisions in a
short time, which can result in a high pressure. In fact, normal air pressure is strong enough to crush a metal container when not
balanced by equal pressure from inside the container.

Square inch column
of air molecules

Atmaspheric
presstire
14.7 Ibs of

" pressure on

- F 1 square inch
Figure 5.2.1: 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 tanker
car. 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.

- gif-findercon
Sy =T

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.

Pressure is defined as the force exerted on a given area:

F
P=— (5.2.1)
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Since pressure is directly proportional to force and inversely proportional to area (Equation 5.2.1), pressure can be increased
either by either increasing the amount of force or by decreasing the area over which it is applied. Correspondingly, pressure
can be decreased by either decreasing the force or increasing the area.

Let’s apply the definition of pressure (Equation 5.2.1) to determine which would be more likely to fall through thin ice in Figure
5.2.2.—the elephant or the figure skater?

(a) (b)

Figure 5.2.2: Although (a) an elephant’s weight is large, creating a very large force on the ground, (b) the figure skater exerts a
much higher pressure on the ice due to the small surface area of her skates. (credit a: modification of work by Guido da Rozze;
credit b: modification of work by Ryosuke Yagi).

Figure a is a photo of a large gray elephant on grassy, beige terrain. Figure b is a photo of a figure skater with her right skate on the
ice, upper torso lowered, arms extended upward behind her chest, and left leg extended upward behind her.

A large African elephant can weigh 7 tons, supported on four feet, each with a diameter of about 1.5 ft (footprint area of 250 in?),
so the pressure exerted by each foot is about 14 Ib/in’:

Ib 1 elephant « 1 foot
elephant 4 feet 250 in2

pressure per elephant foot = 14, 000 =141b/in® (5.2.2)
The figure skater weighs about 120 lbs, supported on two skate blades, each with an area of about 2 in? so the pressure exerted by
each blade is about 30 1b/in*:

Ib 1 skater 1 blade

pressure per skate blade = 120 pr—— X > blades X 7in?

= 301b/in? (5.2.3)

Even though the elephant is more than one hundred times heavier than the skater, it exerts less than one-half of the pressure and
would therefore be less likely to fall through thin ice. On the other hand, if the skater removes her skates and stands with bare feet
(or regular footwear) on the ice, the larger area over which her weight is applied greatly reduces the pressure exerted:

b 1skater 1 foot

pressure per human foot = 120——-— x —=—— x 0 21b/in? (5.2.4)

The SI unit of pressure is the pascal (Pa), with 1 Pa = 1 N/m?, where N is the newton, a unit of force defined as 1 kg m/s®>. One
pascal is a small pressure; in many cases, it is more convenient to use units of kilopascal (1 kPa = 1000 Pa) or bar (1 bar = 100,000
Pa). In the United States, pressure is often measured in pounds of force on an area of one square inch—pounds per square inch (psi)
—for example, in car tires. Pressure can also be measured using the unit atmosphere (atm), which originally represented the
average sea level air pressure at the approximate latitude of Paris (45°). Table 5.2.1 provides some information on these and a few
other common units for pressure measurements

Table 5.2.1: Pressure Units
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Unit Name and Abbreviation Definition or Relation to Other Unit Comment
pascal (Pa) 1 Pa=1N/m?
kilopascal (kPa) 1 kPa = 1000 Pa
pounds per square inch (psi) air pressure at sea level is ~14.7 psi

atmosphere (atm) 1 atm = 101,325 Pa air pressure at sea level is ~1 atm

bar (bar, or b) 1 bar = 100,000 Pa (exactly) commonly used in meteorology
millibar (mbar, or mb) 1000 mbar = 1 bar

inches of mercury (in. Hg) 1in. Hg = 3386 Pa used by avjj;ia(:;ll;:f:;::; also some
torr Ltorr — 1 atm named after Evangelista Torricelli, inventor
760 of the barometer

millimeters of mercury (mm Hg) 1 mm Hg ~1 torr

v Example 5.2.1: Conversion of Pressure Units

The United States National Weather Service reports pressure in both inches of Hg and millibars. Convert a pressure of 29.2 in.
Hg into:

a. torr

b. atm

c. kPa

d. mbar

Solution
This is a unit conversion problem. The relationships between the various pressure units are given in Table 9.2.1.

25.4
a.29.2 inHE x }m/ w 18T 249 torr
. 1 1 mmHg
tm
b. 742 orf x — 2 _ 0.976 atm
gort 760 fort
C. 742 fort x

101325 kPa
1000 1
d. 98.9 kP& x Ps bat 1000 mbar

760 fort
X X
1kPa 100,000 P& 1bat

? Exercise 5.2.1

A typical barometric pressure in Kansas City is 740 torr. What is this pressure in atmospheres, in millimeters of mercury, in
kilopascals, and in bar?

= 98.9 kPa

= 989 mbar

Answer

0.974 atm; 740 mm Hg; 98.7 kPa; 0.987 bar

We can measure atmospheric pressure, the force exerted by the atmosphere on the earth’s surface, with a barometer (Figure 5.2.3).
A barometer is a glass tube that is closed at one end, filled with a nonvolatile liquid such as mercury, and then inverted and
immersed in a container of that liquid. The atmosphere exerts pressure on the liquid outside the tube, the column of liquid exerts

https://chem.libretexts.org/@go/page/472307
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pressure inside the tube, and the pressure at the liquid surface is the same inside and outside the tube. The height of the liquid in the
tube is therefore proportional to the pressure exerted by the atmosphere.

Vacuum

#

10,744 mm
- (33.9f1)

Atmaspheric Atmospheric

pressure pressure
790 mm \
(2.49 ft)

H
N J
mercury water

Figure 5.2.3: In a barometer, the height, h, of the column of liquid is used as a measurement of the air pressure. Using very dense
liquid mercury (left) permits the construction of reasonably sized barometers, whereas using water (right) would require a
barometer more than 30 feet tall.

Two barometers are in vacuum. One utilizes mercury while the other uses water in the capillary tube. Both barometers are exposed
to atmospheric pressure. The barometer with mercury shows mercury levels of 2.49 feet. The barometer with water has a much
greater level of 33.9 feet.

If the liquid is water, normal atmospheric pressure will support a column of water over 10 meters high, which is rather inconvenient
for making (and reading) a barometer. Because mercury (Hg) is about 13.6-times denser than water, a mercury barometer only
needs to be ﬁ as tall as a water barometer—a more suitable size. Standard atmospheric pressure of 1 atm at sea level (101,325
Pa) corresponds to a column of mercury that is about 760 mm (29.92 in.) high. The torr was originally intended to be a unit equal to
one millimeter of mercury, but it no longer corresponds exactly. The pressure exerted by a fluid due to gravity is known as
hydrostatic pressure, p:

p=hpg (5.2.5)
where

o his the height of the fluid,
o pis the density of the fluid, and
e gis acceleration due to gravity.

v/ Example 5.2.2: Calculation of Barometric Pressure

Show the calculation supporting the claim that atmospheric pressure near sea level corresponds to the pressure exerted by a
column of mercury that is about 760 mm high. The density of mercury = 13.6 g/cm?.

Solution

The hydrostatic pressure is given by Equation 5.2.5, with o = 760 mm, p = 13.6 g/cm3, and g = 9.81 m/s2. Plugging these values
into the Equation 5.2.5 and doing the necessary unit conversions will give us the value we seek. (Note: We are expecting to find
a pressure of ~101,325 Pa:)

2
101,325 N/m? = 101,325 & 2/5"
m

s kg
> — = 101,325 ey
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d 1 3 .
p=(760mmx Lo )X(1368 lkg X(OOCm))x(QSIm)

1000 mm Tom® < 1000g «  (Lm)? 152
= (0.760 m)(13, 600 kg/m3)(9.81 m/s?) = 1.01 x 10° kg/ms? = 1.01 x 10°N/m?
=1.01 x 10° Pa

? Exercise 5.2.2

Calculate the height of a column of water at 25 °C that corresponds to normal atmospheric pressure. The density of water at
this temperature is 1.0 g/cm3.

Answer

10.3 m

A manometer is a device similar to a barometer that can be used to measure the pressure of a gas trapped in a container. A closed-
end manometer is a U-shaped tube with one closed arm, one arm that connects to the gas to be measured, and a nonvolatile liquid
(usually mercury) in between. As with a barometer, the distance between the liquid levels in the two arms of the tube (h in the
diagram) is proportional to the pressure of the gas in the container. An open-end manometer (Figure 5.2.3) is the same as a closed-
end manometer, but one of its arms is open to the atmosphere. In this case, the distance between the liquid levels corresponds to the
difference in pressure between the gas in the container and the atmosphere.

Closed end Pam Patm

Vacuum + *
——— Open end T——Open end
T v hi

h

"LL

& Nt/

Pgas = hpg Pgas = Pam — hpg Pgas = Pam + hpg

Figure 5.2.4: A manometer can be used to measure the pressure of a gas. The (difference in) height between the liquid levels (h) is a
measure of the pressure. Mercury is usually used because of its large density.

i

-

The first manometer is closed end. The gas in the bulb exerts a certain pressure on the liquid in the tube so that the height, h,
between the two levels of liquid on both sides of the U tube is proportional to the pressure. The equation is P subscript gas equals to
h rho g. The second manometer has an open end. The equation for P subscript gas is equals to P subscript atm minus h rho g. The
final manometer is also open ended and has equation of P subscript gas equals to P subscript atm plus h rho g for cases where
pressure of the gas is greater than atmospheric pressure.

v Example 5.2.3: Calculation of Pressure Using an Open-End Manometer

The pressure of a sample of gas is measured at sea level with an open-end Hg (mercury) manometer, as shown below.
Determine the pressure of the gas in:

a. mm Hg
b. atm
c. kPa

https://chem.libretexts.org/@go/page/472307
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Open end

13.7cm

W

The height is the difference between the two levels of mercury on each side of the U tube and has a value of 13.7 centimeters.
The level on the right side is higher than the left.

Solution
The pressure of the gas equals the hydrostatic pressure due to a column of mercury of height 13.7 cm plus the pressure of the

atmosphere at sea level. (The pressure at the bottom horizontal line is equal on both sides of the tube. The pressure on the left

is due to the gas and the pressure on the right is due to 13.7 cm of Hg plus atmospheric pressure.)

a. In mm Hg, this is: 137 mm Hg + 760 mm Hg = 897 mm Hg

1
b. 897 CPL N P
760 muHg

c. 118 ath x m =1.20 x 10> kPa

atm

? Exercise 5.2.3
The pressure of a sample of gas is measured at sea level with an open-end Hg manometer, as shown below Determine the

pressure of the gas in:

a. mm Hg
b. atm
c. kPa

Open end

/

?'4

4.63in.

The height is the difference between the two levels of mercury on each side of the U tube and has a value of 4.63 inches. The
level on the left side is higher than the right.
Answer a
642 mm Hg

Answer b

0.845 atm

Answer c

https://chem.libretexts.org/@go/page/472307
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| 85.6 kPa

X Application: Measuring Blood Pressure

Blood pressure is measured using a device called a sphygmomanometer (Greek sphygmos = “pulse”). It consists of an
inflatable cuff to restrict blood flow, a manometer to measure the pressure, and a method of determining when blood flow
begins and when it becomes impeded (Figure 5.2.5). Since its invention in 1881, it has been an essential medical device. There
are many types of sphygmomanometers: manual ones that require a stethoscope and are used by medical professionals;
mercury ones, used when the most accuracy is required; less accurate mechanical ones; and digital ones that can be used with
little training but that have limitations. When using a sphygmomanometer, the cuff is placed around the upper arm and inflated
until blood flow is completely blocked, then slowly released. As the heart beats, blood forced through the arteries causes a rise
in pressure. This rise in pressure at which blood flow begins is the systolic pressure—the peak pressure in the cardiac cycle.
When the cuff’s pressure equals the arterial systolic pressure, blood flows past the cuff, creating audible sounds that can be
heard using a stethoscope. This is followed by a decrease in pressure as the heart’s ventricles prepare for another beat. As cuff
pressure continues to decrease, eventually sound is no longer heard; this is the diastolic pressure—the lowest pressure (resting
phase) in the cardiac cycle. Blood pressure units from a sphygmomanometer are in terms of millimeters of mercury (mm Hg).

(b)

Figure 5.2.5: (a) A medical technician prepares to measure a patient’s blood pressure with a sphygmomanometer. (b) A typical
sphygmomanometer uses a valved rubber bulb to inflate the cuff and a diaphragm gauge to measure pressure. (credit a:
modification of work by Master Sgt. Jeffrey Allen)

Meteorology, Climatology, and Atmospheric Science

Throughout the ages, people have observed clouds, winds, and precipitation, trying to discern patterns and make predictions: when
it is best to plant and harvest; whether it is safe to set out on a sea voyage; and much more. We now face complex weather and
atmosphere-related challenges that will have a major impact on our civilization and the ecosystem. Several different scientific
disciplines use chemical principles to help us better understand weather, the atmosphere, and climate. These are meteorology,
climatology, and atmospheric science. Meteorology is the study of the atmosphere, atmospheric phenomena, and atmospheric
effects on earth’s weather. Meteorologists seek to understand and predict the weather in the short term, which can save lives and
benefit the economy. Weather forecasts (Figure 5.2.5) are the result of thousands of measurements of air pressure, temperature, and
the like, which are compiled, modeled, and analyzed in weather centers worldwide.
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https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/472307?pdf
https://geo.libretexts.org/Bookshelves/Meteorology

LibreTexts"

=Ty

: | ¥

L ' I LT
Figure 5.2.6: Meteorologists use weather maps to describe and predict weather. Regions of high (H) and low (L) pressure have large
effects on weather conditions. The gray lines represent locations of constant pressure known as isobars. (credit: modification of
work by National Oceanic and Atmospheric Administration)

A weather map of the United States is shown which points out areas of high and low pressure with the letters H in blue and L in

red. There are curved grey lines throughout the United States region as well as beyond it around area of Canada and the oceans.
In terms of weather, low-pressure systems occur when the earth’s surface atmospheric pressure is lower than the surrounding
environment: Moist air rises and condenses, producing clouds. Movement of moisture and air within various weather fronts
instigates most weather events.

The atmosphere is the gaseous layer that surrounds a planet. Earth’s atmosphere, which is roughly 100-125 km thick, consists of
roughly 78.1% nitrogen and 21.0% oxygen, and can be subdivided further into the regions shown in Figure 5.2.7: the exosphere
(furthest from earth, > 700 km above sea level), the thermosphere (80-700 km), the mesosphere (50-80 km), the stratosphere
(second lowest level of our atmosphere, 12-50 km above sea level), and the troposphere (up to 12 km above sea level, roughly 80%
of the earth’s atmosphere by mass and the layer where most weather events originate). As you go higher in the troposphere, air
density and temperature both decrease.

Stratosphere 12-50 km

Mesosphere 50-80 km
Thermosphere 80-700 km

Exosphere > 700 km

Troposphere 0-12 km
(origin of most weather events)

Figure 5.2.7: Earth’s atmosphere has five layers: the troposphere, the stratosphere, the mesosphere, the thermosphere, and the
exosphere.

The different layers of the atmosphere is illustrated as a cross sectional slice of the Earth's atmosphere. The different thickness of

each layer is shown. The thermosphere has the largest portion, followed by the exosphere, stratosphere, mesosphere, and

troposphere.
Climatology is the study of the climate, averaged weather conditions over long time periods, using atmospheric data. However,
climatologists study patterns and effects that occur over decades, centuries, and millennia, rather than shorter time frames of hours,
days, and weeks like meteorologists. Atmospheric science is an even broader field, combining meteorology, climatology, and other
scientific disciplines that study the atmosphere.

Summary

Gases exert pressure, which is force per unit area. The pressure of a gas may be expressed in the ST unit of pascal or kilopascal, as
well as in many other units including torr, atmosphere, and bar. Atmospheric pressure is measured using a barometer; other gas
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pressures can be measured using one of several types of manometers.

Key Equations

F
. P_Z

s p=hpg
Glossary

atmosphere (atm)
unit of pressure; 1 atm = 101,325 Pa

bar
(bar or b) unit of pressure; 1 bar = 100,000 Pa

barometer

device used to measure atmospheric pressure

hydrostatic pressure

pressure exerted by a fluid due to gravity

manometer

device used to measure the pressure of a gas trapped in a container

pascal (Pa)
SI unit of pressure; 1 Pa = 1 N/m?

pounds per square inch (psi)
unit of pressure common in the US

pressure

force exerted per unit area
torr

1
unit of pressure; 1torr = —— at
p ; 1torr 760 atm

5.2: Pressure- The Result of Particle Collisions is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
LibreTexts.

e 9.1: Gas Pressure by OpenStax is licensed CC BY 4.0. Original source: https://openstax.org/details/books/chemistry-2e.
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5.3: The Ideal Gas Law

4b Learning Objectives

e Derive the ideal gas law from the constituent gas laws
e To use the ideal gas law to describe the behavior of a gas.

In this module, the relationship between pressure, temperature, volume, and amount of a gas are described and how these
relationships can be combined to give a general expression that describes the behavior of a gas.

Deriving the Ideal Gas Law

Any set of relationships between a single quantity (such as V) and several other variables (P, T, and n) can be combined into a
single expression that describes all the relationships simultaneously. The three individual expressions were derived previously:

e Boyle’s law
1
V x P @ constant n and T

o Charles’s law

V xT @ constant n and P
e Avogadro’s law

V «xn @ constant T and P

Combining these three expressions gives

nT

VocP

(5.3.1)

which shows that the volume of a gas is proportional to the number of moles and the temperature and inversely proportional to the
pressure. This expression can also be written as

V = Cons. (%) (5.3.2)

By convention, the proportionality constant in Equation 5.3.1 is called the gas constant, which is represented by the letter R.
Inserting R into Equation 5.3.2 gives

_ RnT _ nRT

V="5 P (5.3.3)
Clearing the fractions by multiplying both sides of Equation 5.3.4 by P gives
PV =nRT (5.3.4)

This equation is known as the ideal gas law.

An ideal gas is defined as a hypothetical gaseous substance whose behavior is independent of attractive and repulsive forces and
can be completely described by the ideal gas law. In reality, there is no such thing as an ideal gas, but an ideal gas is a useful
conceptual model that allows us to understand how gases respond to changing conditions. As we shall see, under many conditions,
most real gases exhibit behavior that closely approximates that of an ideal gas. The ideal gas law can therefore be used to predict
the behavior of real gases under most conditions. The ideal gas law does not work well at very low temperatures or very high
pressures, where deviations from ideal behavior are most commonly observed.

Significant deviations from ideal gas behavior commonly occur at low temperatures and
very high pressures.
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Before we can use the ideal gas law, however, we need to know the value of the gas constant R. Its form depends on the units used
for the other quantities in the expression. If V is expressed in liters (L), P in atmospheres (atm), T in kelvins (K), and n in moles

(mol), then
L. atm
R =0.08206— (5.3.5)
Because the product PV has the units of energy, R can also have units of J/(K+mol):
R—83145— (5.3.6)
e K - mol -

Standard Conditions of Temperature and Pressure

Scientists have chosen a particular set of conditions to use as a reference: 0°C (273.15 K) and 1 bar = 100 kPa = 10° Pa pressure,
referred to as standard temperature and pressure (STP).

STP: T =273.15K and P =1 bar = 10° Pa,

Please note that STP was defined differently in the past. The old definition was based on a standard pressure of 1 atm.

We can calculate the volume of 1.000 mol of an ideal gas under standard conditions using the variant of the ideal gas law given in
Equation 5.3.4:
nRT

V="%3 (5.3.7)

Thus the volume of 1 mol of an ideal gas is 22.71 L. at STP and 22.41 L at 0°C and 1 atm, approximately equivalent to the
volume of three basketballs. The molar volumes of several real gases at 0°C and 1 atm are given in Table 10.3, which shows that
the deviations from ideal gas behavior are quite small. Thus the ideal gas law does a good job of approximating the behavior of real
gases at 0°C and 1 atm. The relationships described in Section 10.3 as Boyle’s, Charles’s, and Avogadro’s laws are simply special
cases of the ideal gas law in which two of the four parameters (P, V, T, and n) are held fixed.

Table 5.3.1: Molar Volumes of Selected Gases at 0°C and 1 atm

Gas Molar Volume (L)
He 22.434
Ar 22.397
H, 22.433
N, 22.402
02 22.397
CO, 22.260
NH3 22.079

Applying the Ideal Gas Law

The ideal gas law allows us to calculate the value of the fourth variable for a gaseous sample if we know the values of any three of
the four variables (P, V, T, and n). It also allows us to predict the final state of a sample of a gas (i.e., its final temperature,
pressure, volume, and amount) following any changes in conditions if the parameters (P, V, T, and n) are specified for an initial
state. Some applications are illustrated in the following examples. The approach used throughout is always to start with the same
equation—the ideal gas law—and then determine which quantities are given and which need to be calculated. Let’s begin with
simple cases in which we are given three of the four parameters needed for a complete physical description of a gaseous sample.
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The balloon that Charles used for his initial flight in 1783 was destroyed, but we can estimate that its volume was 31,150 L
(1100 ft3), given the dimensions recorded at the time. If the temperature at ground level was 86°F (30°C) and the atmospheric
pressure was 745 mmHg, how many moles of hydrogen gas were needed to fill the balloon?

Given: volume, temperature, and pressure

Asked for: amount of gas

Strategy:
A. Solve the ideal gas law for the unknown quantity, in this case n.

B. Make sure that all quantities are given in units that are compatible with the units of the gas constant. If necessary, convert
them to the appropriate units, insert them into the equation you have derived, and then calculate the number of moles of
hydrogen gas needed.

Solution:
A We are given values for P, T, and V and asked to calculate n. If we solve the ideal gas law (Equation 5.3.4) for n, we obtain

1 atm
B P and T are given in units that are not compatible with the units of the gas constant [R = 0.08206 (Le+atm)/(K*mol)]. We must

therefore convert the temperature to kelvins and the pressure to atmospheres:
T =273 + 30 = 303K
Substituting these values into the expression we derived for n, we obtain
PV
RT
0.980 atm x 31150 L

atm - L
K x 303 K

n=

0.08206

mol -
=1.23 x 10° mol

? Exercise 5.3.1

Suppose that an “empty” aerosol spray-paint can has a volume of 0.406 L and contains 0.025 mol of a propellant gas such as
CO». What is the pressure of the gas at 25°C?

Answer

1.5 atm

In Example 5.3.1, we were given three of the four parameters needed to describe a gas under a particular set of conditions, and we
were asked to calculate the fourth. We can also use the ideal gas law to calculate the effect of changes in any of the specified
conditions on any of the other parameters, as shown in Example 5.3.5.

General Gas Equation

When a gas is described under two different conditions, the ideal gas equation must be applied twice - to an initial condition and a
final condition. This is:

Initial condition (i) Final condition(f)
P,V; = n;RT; P;V; = n;RT}

Both equations can be rearranged to give:
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PV PV,
_BVi o BV

R n;T; T ngTy

The two equations are equal to each other since each is equal to the same constant R. Therefore, we have:

n;T; nsTy -

The equation is called the general gas equation. The equation is particularly useful when one or two of the gas properties are held
constant between the two conditions. In such cases, the equation can be simplified by eliminating these constant gas properties.

v/ Example 5.3.2

Suppose that Charles had changed his plans and carried out his initial flight not in August but on a cold day in January, when

the temperature at ground level was —10°C (14°F). How large a balloon would he have needed to contain the same amount of
hydrogen gas at the same pressure as in Example 5.3.1?

Given: temperature, pressure, amount, and volume in August; temperature in January

Asked for: volume in January

Strategy:

A. Use the results from Example 5.3.1 for August as the initial conditions and then calculate the change in volume due to the
change in temperature from 30°C to —10°C. Begin by constructing a table showing the initial and final conditions.

B. Simplify the general gas equation by eliminating the quantities that are held constant between the initial and final
conditions, in this case P and n.

C. Solve for the unknown parameter.
Solution:
A To see exactly which parameters have changed and which are constant, prepare a table of the initial and final conditions:

Solution to Example 10.4.2

Initial (August) Final (January)
T; =30°C=303K Ty = —10°C =263 K
P;=0.980 atm Py =0.980 atm
n; = 1.23 x 10° mol ns = 1.23 x 10 mol
Vi =31150 L Vp=?

B Both n and P are the same in both cases (n; = ny, P; = Py). Therefore, Equation 5.3.8 can be simplified to:
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Vi _ Vi
T, Ty
This is the relationship first noted by Charles.
C Solving the equation for V¥, we get:
Vi=Vix X
F=Vix T
263 K
=270x10* L

It is important to check your answer to be sure that it makes sense, just in case you have accidentally inverted a quantity or
multiplied rather than divided. In this case, the temperature of the gas decreases. Because we know that gas volume decreases
with decreasing temperature, the final volume must be less than the initial volume, so the answer makes sense. We could have
calculated the new volume by plugging all the given numbers into the ideal gas law, but it is generally much easier and faster to
focus on only the quantities that change.

? Exercise 5.3.2

At a laboratory party, a helium-filled balloon with a volume of 2.00 L at 22°C is dropped into a large container of liquid
nitrogen (T = —196°C). What is the final volume of the gas in the balloon?

Answer
0.52 L

Example 5.3.1 illustrates the relationship originally observed by Charles. We could work through similar examples illustrating the
inverse relationship between pressure and volume noted by Boyle (PV = constant) and the relationship between volume and
amount observed by Avogadro (V/n = constant). We will not do so, however, because it is more important to note that the
historically important gas laws are only special cases of the ideal gas law in which two quantities are varied while the other two
remain fixed. The method used in Example 5.3.1 can be applied in any such case, as we demonstrate in Example 5.3.2 (which also
shows why heating a closed container of a gas, such as a butane lighter cartridge or an aerosol can, may cause an explosion).

v/ Example 5.3.3

Aerosol cans are prominently labeled with a warning such as “Do not incinerate this container when empty.” Assume that you
did not notice this warning and tossed the “empty” aerosol can in Exercise 5.3.1 (0.025 mol in 0.406 L, initially at 25°C and 1.5
atm internal pressure) into a fire at 750°C. What would be the pressure inside the can (if it did not explode)?

Given: initial volume, amount, temperature, and pressure; final temperature
Asked for: final pressure

Strategy:
Follow the strategy outlined in Example 5.3.2.

Solution:
Prepare a table to determine which parameters change and which are held constant:

Solution to Example 10.4.3
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Initial
V; =0.406 L
n; = 0.025 mol
T;=25°C=298K

P;=1.5 atm

By solving the equation for P;, we get:

? Exercise 5.3.3

internal pressure in the fire extinguisher?

Answer

23.4 atm

Final
V;=0.406 L
ny = 0.025 mol

T; =750 °C=1023 K

Py=7

Both v and 5, are the same in both cases (V; = V;, n; = ny). Therefore, Equation can be simplified to:

P,_ P

T, Ty

Pf = P; x
¢ T;

= 1.5 atm X 208 K

= 5.1 atm

This pressure is more than enough to rupture a thin sheet metal container and cause an explosion!

Suppose that a fire extinguisher, filled with CO, to a pressure of 20.0 atm at 21°C at the factory, is accidentally left in the sun
in a closed automobile in Tucson, Arizona, in July. The interior temperature of the car rises to 160°F (71.1°C). What is the

In Examples 5.3.1 and 5.3.2, two of the four parameters (P, V, T, and n) were fixed while one was allowed to vary, and we were
interested in the effect on the value of the fourth. In fact, we often encounter cases where two of the variables P, V, and T are
allowed to vary for a given sample of gas (hence n is constant), and we are interested in the change in the value of the third under

the new conditions.
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We saw in Example 5.3.1 that Charles used a balloon with a volume of 31,150 L for his initial ascent and that the balloon
contained 1.23 x 10° mol of H, gas initially at 30°C and 745 mmHg. Suppose that Gay-Lussac had also used this balloon for
his record-breaking ascent to 23,000 ft and that the pressure and temperature at that altitude were 312 mmHg and —30°C,
respectively. To what volume would the balloon have had to expand to hold the same amount of hydrogen gas at the higher
altitude?

Given: initial pressure, temperature, amount, and volume; final pressure and temperature
Asked for: final volume

Strategy:
Follow the strategy outlined in Example 5.3.3.

Solution:
Begin by setting up a table of the two sets of conditions:

Solution to Example 10.4.4

Initial Final
P; = 745 mmHg = 0.980 atm Py =312 mmHg = 0.411 atm
T;=30°C=303K Ty="750—30°C=243K
n; = 1.2 x 103 mol n; = 1.2 x 10° mol
Vi;=31150 L Vi =?

By eliminating the constant property (n) of the gas, Equation 5.3.8 is simplified to:

PV; _ PV
T, Ty
By solving the equation for v, we get:
B, Ty

0.980 atm 243 K

=3115x10*Lx ——— 2=
3115 x 107 L x o tm 303K

=596 x 10* L

Does this answer make sense? Two opposing factors are at work in this problem: decreasing the pressure tends to increase the
volume of the gas, while decreasing the temperature tends to decrease the volume of the gas. Which do we expect to
predominate? The pressure drops by more than a factor of two, while the absolute temperature drops by only about 20%.
Because the volume of a gas sample is directly proportional to both T and 1/P, the variable that changes the most will have the
greatest effect on V. In this case, the effect of decreasing pressure predominates, and we expect the volume of the gas to
increase, as we found in our calculation.

We could also have solved this problem by solving the ideal gas law for V and then substituting the relevant parameters for an
altitude of 23,000 ft:

Except for a difference caused by rounding to the last significant figure, this is the same result we obtained previously. There is
often more than one “right” way to solve chemical problems.
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? Exercise 5.3.4

A steel cylinder of compressed argon with a volume of 0.400 L was filled to a pressure of 145 atm at 10°C. At 1.00 atm
pressure and 25°C, how many 15.0 mL incandescent light bulbs could be filled from this cylinder? (Hint: find the number of
moles of argon in each container.)

Answer

4.07 x 103

Using the Ideal Gas Law to Calculate Gas Densities and Molar Masses

The ideal gas law can also be used to calculate molar masses of gases from experimentally measured gas densities. To see how this
is possible, we first rearrange the ideal gas law to obtain

n P

v =" (5.3.9)
The left side has the units of moles per unit volume (mol/L). The number of moles of a substance equals its mass (m, in grams)
divided by its molar mass (M, in grams per mole):

m
Substituting this expression for n into Equation 5.3.9 gives
m P
= R (5.3.11)
Because m/V is the density d of a substance, we can replace m/V by d and rearrange to give
m MP
_m _ .3.12
P=% =RrT (5.3.12)

The distance between particles in gases is large compared to the size of the particles, so their densities are much lower than the
densities of liquids and solids. Consequently, gas density is usually measured in grams per liter (g/L) rather than grams per
milliliter (g/mL).

v/ Example 5.3.5

Calculate the density of butane at 25°C and a pressure of 750 mmHg.
Given: compound, temperature, and pressure

Asked for: density
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Strategy:
A. Calculate the molar mass of butane and convert all quantities to appropriate units for the value of the gas constant.
B. Substitute these values into Equation 5.3.12 to obtain the density.

Solution:
A The molar mass of butane (C4H1g) is

M = (4)(12.011) + (10)(1.0079) = 58.123g/mol

Using 0.08206 (Leatm)/(Kemol) for R means that we need to convert the temperature from degrees Celsius to kelvins (T = 25 +
273 =298 K) and the pressure from millimeters of mercury to atmospheres:
1 atm

B Substituting these values into Equation 5.3.12 gives

_ 58.123 g/mol x 0.987 atm
w= L-atm
K - mol

=2.35g/L

0.08206 x 298 K

? Exercise 5.3.5: Density of Radon

Radon (Rn) is a radioactive gas formed by the decay of naturally occurring uranium in rocks such as granite. It tends to collect
in the basements of houses and poses a significant health risk if present in indoor air. Many states now require that houses be
tested for radon before they are sold. Calculate the density of radon at 1.00 atm pressure and 20°C and compare it with the

density of nitrogen gas, which constitutes 80% of the atmosphere, under the same conditions to see why radon is found in
basements rather than in attics.

Answer

radon, 9.23 g/L;; Np, 1.17 g/L

A common use of Equation 5.3.12 is to determine the molar mass of an unknown gas by measuring its density at a known
temperature and pressure. This method is particularly useful in identifying a gas that has been produced in a reaction, and it is not
difficult to carry out. A flask or glass bulb of known volume is carefully dried, evacuated, sealed, and weighed empty. It is then
filled with a sample of a gas at a known temperature and pressure and reweighed. The difference in mass between the two readings
is the mass of the gas. The volume of the flask is usually determined by weighing the flask when empty and when filled with a
liquid of known density such as water. The use of density measurements to calculate molar masses is illustrated in Example 5.3.6.

v/ Example 5.3.6

The reaction of a copper penny with nitric acid results in the formation of a red-brown gaseous compound containing nitrogen
and oxygen. A sample of the gas at a pressure of 727 mmHg and a temperature of 18°C weighs 0.289 g in a flask with a
volume of 157.0 mL. Calculate the molar mass of the gas and suggest a reasonable chemical formula for the compound.

Given: pressure, temperature, mass, and volume

Asked for: molar mass and chemical formula

Strategy:

A. Solve Equation 5.3.12 for the molar mass of the gas and then calculate the density of the gas from the information given.

B. Convert all known quantities to the appropriate units for the gas constant being used. Substitute the known values into your
equation and solve for the molar mass.

C. Propose a reasonable empirical formula using the atomic masses of nitrogen and oxygen and the calculated molar mass of
the gas.
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Solution:
A Solving Equation 5.3.12 for the molar mass gives

mRT  dRT
M=%y ="F
Density is the mass of the gas divided by its volume:
m 0.289g
P=v = oamm — -S4/T

B We must convert the other quantities to the appropriate units before inserting them into the equation:

T =18+273 = 291K

latm
P="72 Hgx —— =0.
T27TmmHg X 760mmTig 0.957atm
The molar mass of the unknown gas is thus
1.84 g/L x 0.08206 ; a::; x 201 K
M= 0957 atm = 45.9g/mol

C The atomic masses of N and O are approximately 14 and 16, respectively, so we can construct a list showing the masses of
possible combinations:

M(NO) = 14 + 16 = 30 g/mol
M(N20) = (2)(14) + 16 = 44 g/mol
M(NO,) = 14 + (2)(16) = 46 g/mol
The most likely choice is NO; which is in agreement with the data. The red-brown color of smog also results from the presence
of NO; gas.
? Exercise 5.3.6

You are in charge of interpreting the data from an unmanned space probe that has just landed on Venus and sent back a report
on its atmosphere. The data are as follows: pressure, 90 atm; temperature, 557°C; density, 58 g/L.. The major constituent of the
atmosphere (>95%) is carbon. Calculate the molar mass of the major gas present and identify it.

Answer

44 g/mol; CO,

Summary

The ideal gas law is derived from empirical relationships among the pressure, the volume, the temperature, and the number of
moles of a gas; it can be used to calculate any of the four properties if the other three are known.

Ideal gas equation: PV = nRT,

L-atm J
where R = 0.08206 K -mol — 8.3145 K - mol
. V. PV
General gas equation: BV _ iy
nT;  ngTy

Density of a gas: p = %

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/(Kemol), or 1.9872 cal/(Kemol), depending on the units used. The ideal gas law describes the behavior of an ideal gas, a
hypothetical substance whose behavior can be explained quantitatively by the ideal gas law and the kinetic molecular theory of

@ 0 e @ 5.3.10 https://chem.libretexts.org/@go/page/472308



https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/472308?pdf

LibreTexts"

gases. Standard temperature and pressure (STP) is 0°C and 1 atm. The volume of 1 mol of an ideal gas at STP is 22.41 L, the
standard molar volume. All of the empirical gas relationships are special cases of the ideal gas law in which two of the four
parameters are held constant. The ideal gas law allows us to calculate the value of the fourth quantity (P, V, T, or n) needed to
describe a gaseous sample when the others are known and also predict the value of these quantities following a change in
conditions if the original conditions (values of P, V, T, and n) are known. The ideal gas law can also be used to calculate the density
of a gas if its molar mass is known or, conversely, the molar mass of an unknown gas sample if its density is measured.

5.3: The Ideal Gas Law is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by LibreTexts.

¢ 10.4: The Ideal Gas Equation is licensed CC BY-NC-SA 3.0.
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5.4: Applications of the Ideal Gas Law- Molar Volume, Density and Molar Mass of a
Gas

4} Learning Objectives

o To relate the amount of gas consumed or released in a chemical reaction to the stoichiometry of the reaction.
o To understand how the ideal gas equation and the stoichiometry of a reaction can be used to calculate the volume of gas
produced or consumed in a reaction.

With the , we can use the relationship between the amounts of gases (in moles) and their volumes (in liters) to
calculate the stoichiometry of reactions involving gases, if the pressure and temperature are known. This is important for several
reasons. Many reactions that are carried out in the laboratory involve the formation or reaction of a gas, so chemists must be able to
quantitatively treat gaseous products and reactants as readily as they quantitatively treat solids or solutions. Furthermore, many, if
not most, industrially important reactions are carried out in the gas phase for practical reasons. Gases mix readily, are easily heated
or cooled, and can be transferred from one place to another in a manufacturing facility via simple pumps and plumbing.

Gas Densities and Molar Mass

The ideal-gas equation can be manipulated to solve a variety of different types of problems. For example, the density, p, of a gas,
depends on the number of gas molecules in a constant volume. To determine this value, we rearrange the ideal gas equation to

n P
= (5.4.1)

Density of a gas is generally expressed in g/L (mass over volume). Multiplication of the left and right sides of Equation 5.4.1 by the
molar mass in g/mol (M) of the gas gives

g PM
=1=% (5.4.2)

This allows us to determine the density of a gas when we know the molar mass, or vice versa.

The density of a gas INCREASES with increasing pressure and DECREASES with
increasing temperature

v/ Example 5.4.1

What is the density of nitrogen gas (N3) at 248.0 Torr and 18° C?

Solution

Step 1: Write down your given information
e P =248.0 Torr
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o« V=7

e N=7?

o R =0.0820574 Leatmemol ' K
e T=18°C

Step 2: Convert as necessary.

y 1 atm
760 Torr

18°C' +273 = 291K

(248 Torr) =0.3263 atm

Step 3: This one is tricky. We need to manipulate the Ideal Gas Equation to incorporate density into the
equation.

Write down all known equations:

PV =nRT
m
=y
where p is density, m is mass, and V is volume.
m=MXxn
where M is molar mass and n is the number of moles.
Now take the definition of density (Equation 5.4.1)
-5

Keeping in mind m = M x n...replace (M x n) for mass within the density formula.

_Mxn
P="v

L2
M |4
Now manipulate the Ideal Gas Equation
\[ \begin{align*} PV &= nRT \[4pt] \dfrac{n}{V} &= \dfrac{P}{RT} \end{align*} \nonumber \]

(n/V) is in both equations.

n_°r
V M
_ &
" RT
Now combine them please.
£k
M~ RT
Isolate density.
_ PM
P="RT

Step 4: Now plug in the information you have.
PM
P=RT

(0.3263 atm)(2 = 14.01 g/mol)

~ (0.08206 L atm/Kmol)(291 K)

=0.3828 g/L
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An example of varying density for a useful purpose is the hot air balloon, which consists of a bag (called the envelope) that is
capable of containing heated air. As the air in the envelope is heated, it becomes less dense than the surrounding cooler air
(Equation 5.4.2), which is has enough lifting power (due to buoyancy) to cause the balloon to float and rise into the air. Constant
heating of the air is required to keep the balloon aloft. As the air in the balloon cools, it contracts, allowing outside cool air to enter,
and the density increases. When this is carefully controlled by the pilot, the balloon can land as gently as it rose.

Figure 5.4.1: A hot air balloon is inflated partially with cold air from a gas-powered fan, before the propane burners are used for
final inflation.

Determining Gas Volumes in Chemical Reactions

The ideal gas law can be used to calculate volume of gases consumed or produced. The ideal-gas equation frequently is used to
interconvert between volumes and molar amounts in chemical equations.

v Example 5.4.24

What volume of carbon dioxide gas is produced at STP by the decomposition of 0.150 g CaCOg via the equation:
CaCO;3(s) — CaO(s) + CO2(g)

Solution

Begin by converting the mass of calcium carbonate to moles.

0.150 g

———~— = 0.00150 mol
100.1 g/mol mo

The stoichiometry of the reaction dictates that the number of moles CaCO3; decomposed equals the number of moles CO,
produced. Use the ideal-gas equation to convert moles of CO; to a volume.
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nRT
PR

_ (0.00150 mol) (0.08206 Lam ) (273.15 K)

1 atm
=0.0336 L or 33.6 mL

V=

v Example 5.4.2B

A 3.00 L container is filled with Ne(g) at 770 mmHg at 27°C. A 0.633 g sample of CO; vapor is then added.
e What is the partial pressure of CO; and Ne in atm?

e What is the total pressure in the container in atm?

Solution

Step 1: Write down all given information, and convert as necessary.

Before:

e \(P=770\,mmHg \rigtharrow 1.01 \,atm \nonumber \]
e V=300L

® NNe =7

e T=27C— 300K

Other Unknowns: ngo,= ?

1 mol
nco, = 0.633 g CO; x 421;

= 0.0144 mol CO,

Step 2: After writing down all your given information, find the unknown moles of Ne.
_P
NNe = RT
_ (1.01 atm)(3.00 L)
"~ (0.08206 atm L/mol K)(300 K)

= 0.123 mol

Because the pressure of the container before the CO, was added contained only Ne, that is your partial pressure of Ne. After
converting it to atm, you have already answered part of the question!

Py = 1.01 atm

Step 3: Now that have pressure for Ne, you must find the partial pressure for CO,. Use the ideal gas equation.

Py Y  Poo, ¥

T Ne /R’T/ nco, /Bﬂ{

but because both gases share the same Volume (V) and Temperature (T') and since the Gas Constant (R) is constants, all three
terms cancel.

P _ P
N Ne nco,
1.01 atm Pco,

0.123 mol Ne _ 0.0144 mol CO,
P002 = 0.118 atm

This is the partial pressure CO,.

Step 4: Now find total pressure.
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Piotat = Pye + Peo,
=1.01 atm + 0.118 atm
=1.128 atm
= 1.13 atm (with appropriate significant figures)

v/ Example 5.4.2C" Sulfuric Acid

Sulfuric acid, the industrial chemical produced in greatest quantity (almost 45 million tons per year in the United States alone),
is prepared by the combustion of sulfur in air to give SO., followed by the reaction of SO, with O in the presence of a catalyst
to give SOz, which reacts with water to give H3S804. The overall chemical equation is as follows:

28 (S) +30, (g) +2H,0 (l) — 2H,S0, (aq)
What volume of O, (in liters) at 22°C and 745 mmHg pressure is required to produce 1.00 ton (907.18 kg) of H,SO,?
Given: reaction, temperature, pressure, and mass of one product

Asked for: volume of gaseous reactant

Strategy:
A Calculate the number of moles of H,SO, in 1.00 ton. From the stoichiometric coefficients in the balanced chemical equation,
calculate the number of moles of O, required.

B Use the ideal gas law to determine the volume of O required under the given conditions. Be sure that all quantities are
expressed in the appropriate units.

Solution:

mass of H,SO, — moles H2SO4 — moles Oz — liters Og

A We begin by calculating the number of moles of H,SO4 in 1.00 ton:

907.18 x 103 g HySO,

= 9250 mol H,SO
(2 x 1.008 + 32.06 + 4 x 16.00) g/mol ol Hadt
We next calculate the number of moles of O, required:
3mol Oz 4
2 1 H ——— =1 1 1
9250 mol HySO4 % S5m0l H,50; 389 x 10* mol O9

B After converting all quantities to the appropriate units, we can use the ideal gas law to calculate the volume of Oy:

nRT
V= T
4 L-atm
1.389 x 10* mol x 0.08206 x (2734 22) K
_ mol - K
1 atm
745 mmHg X ——
THREE X 760 mmHg

=343x10° L

The answer means that more than 300,000 L of oxygen gas are needed to produce 1 ton of sulfuric acid. These numbers may
give you some appreciation for the magnitude of the engineering and plumbing problems faced in industrial chemistry.

? Exercise 5.4.2

Charles used a balloon containing approximately 31,150 L of H; for his initial flight in 1783. The hydrogen gas was produced
by the reaction of metallic iron with dilute hydrochloric acid according to the following balanced chemical equation:

Fe(s) + 2HCl(aq) — Hj(g) + FeClz (aq)
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How much iron (in kilograms) was needed to produce this volume of H, if the temperature were 30°C and the atmospheric
pressure was 745 mmHg?

Answer

68.6 kg of Fe (approximately 150 lb)

v/ Example 5.4.3: Emergency Air bags

Sodium azide (NaN3) decomposes to form sodium metal and nitrogen gas according to the following balanced chemical
equation:

2NaN3 — 2Na(s) + 3N (g)

This reaction is used to inflate the air bags that cushion passengers during automobile collisions. The reaction is initiated in air
bags by an electrical impulse and results in the rapid evolution of gas. If the N, gas that results from the decomposition of a
5.00 g sample of NaN3 could be collected by displacing water from an inverted flask, what volume of gas would be produced at
21°C and 762 mmHg?

Given: reaction, mass of compound, temperature, and pressure
Asked for: volume of nitrogen gas produced

Strategy:

A Calculate the number of moles of N, gas produced. From the data in Table S3, determine the partial pressure of N; gas in the
flask.

B Use the ideal gas law to find the volume of N, gas produced.

Solution:
A Because we know the mass of the reactant and the stoichiometry of the reaction, our first step is to calculate the number of
moles of N, gas produced:

5.00 g NaN3 3mol N,

= 0.115 mol N
(22.99 + 3 x 14.01) g/mol . 2mol NaN3 e

The pressure given (762 mmHg) is the total pressure in the flask, which is the sum of the pressures due to the N, gas and the
water vapor present. Table S3 tells us that the vapor pressure of water is 18.65 mmHg at 21°C (294 K), so the partial pressure
of the N gas in the flask is only

(762 — 18.65) mmHg x 1“& =743.4 munHg x 1 atm

760 m W

= 0.978 atm.

B Solving the ideal gas law for V and substituting the other quantities (in the appropriate units), we get

nRT 0.115 mol x 0. 08206 Ii x 204 K

P 0.978 a.tm

V= =284L

? Exerciseb.4.3

A 1.00 g sample of zinc metal is added to a solution of dilute hydrochloric acid. It dissolves to produce H, gas according to the
equation

Zn(s) + 2HCl(aq) — Ha(g) + ZnCl; (aq).

The resulting H» gas is collected in a water-filled bottle at 30°C and an atmospheric pressure of 760 mmHg. What volume does
it occupy?
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Answer

0.397 L

Summary

The relationship between the amounts of products and reactants in a chemical reaction can be expressed in units of moles or masses
of pure substances, of volumes of solutions, or of volumes of gaseous substances. The ideal gas law can be used to calculate the
volume of gaseous products or reactants as needed. In the laboratory, gases produced in a reaction are often collected by the
displacement of water from filled vessels; the amount of gas can then be calculated from the volume of water displaced and the
atmospheric pressure. A gas collected in such a way is not pure, however, but contains a significant amount of water vapor. The
measured pressure must therefore be corrected for the vapor pressure of water, which depends strongly on the temperature.

5.4: Applications of the Ideal Gas Law- Molar Volume, Density and Molar Mass of a Gas is shared under a CC BY-NC-SA 4.0 license and was
authored, remixed, and/or curated by LibreTexts.

¢ 10.5: Further Applications of the Ideal-Gas Equations is licensed CC BY-NC-SA 3.0.
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5.5: Mixtures of Gases and Partial Pressures

4b Learning Objectives

e To determine the contribution of each component gas to the total pressure of a mixture of gases

In our use of the ideal gas law thus far, we have focused entirely on the properties of pure gases with only a single chemical
species. But what happens when two or more gases are mixed? In this section, we describe how to determine the contribution of
each gas present to the total pressure of the mixture.

Partial Pressures

The ideal gas law assumes that all gases behave identically and that their behavior is independent of attractive and repulsive forces.
If volume and temperature are held constant, the ideal gas equation can be rearranged to show that the pressure of a sample of gas
is directly proportional to the number of moles of gas present:

P=n (%) = n X const. (5.5.1)

Nothing in the equation depends on the nature of the gas—only the amount.

With this assumption, let’s suppose we have a mixture of two ideal gases that are present in equal amounts. What is the total
pressure of the mixture? Because the pressure depends on only the total number of particles of gas present, the total pressure of the
mixture will simply be twice the pressure of either component. More generally, the total pressure exerted by a mixture of gases at a
given temperature and volume is the sum of the pressures exerted by each gas alone. Furthermore, if we know the volume, the
temperature, and the number of moles of each gas in a mixture, then we can calculate the pressure exerted by each gas individually,
which is its partial pressure, the pressure the gas would exert if it were the only one present (at the same temperature and volume).

To summarize, the total pressure exerted by a mixture of gases is the sum of the partial pressures of component gases. This law
was first discovered by John Dalton, the father of the atomic theory of matter. It is now known as Dalton’s law of partial pressures.
We can write it mathematically as

Py=P +P,+P;+ Py... (552)
n

= Z P (5.5.3)
i=1

where P, is the total pressure and the other terms are the partial pressures of the individual gases (up to n component gases).

. 5 e ~ y

o ‘ [

v

Py, =1atm Py, =1atm Po,=1atm Py=3atm

Figure 5.5.1: Dalton’s Law. The total pressure of a mixture of gases is the sum of the partial pressures of the individual gases.

For a mixture of two ideal gases, A and B, we can write an expression for the total pressure:
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Pyt =Pa+ Pp (5.5.4)
() o ()
— (na+n5) (%) (5.5.6)

More generally, for a mixture of n component gases, the total pressure is given by

RT
Py =(n1+ng+ng+ - +ny) (?) (5.5.7)

_ ann.' (g) (5.5.8)

i=1

Equation 5.5.8 restates Equation 5.5.6 in a more general form and makes it explicitly clear that, at constant temperature and volume,
the pressure exerted by a gas depends on only the total number of moles of gas present, whether the gas is a single chemical species
or a mixture of dozens or even hundreds of gaseous species. For Equation 5.5.8 to be valid, the identity of the particles present
cannot have an effect. Thus an ideal gas must be one whose properties are not affected by either the size of the particles or their
intermolecular interactions because both will vary from one gas to another. The calculation of total and partial pressures for
mixtures of gases is illustrated in Example 5.5.1.

v/ Example 5.5.1: The Bends

Deep-sea divers must use special gas mixtures in their tanks, rather than compressed air, to avoid serious problems, most
notably a condition called “the bends.” At depths of about 350 ft, divers are subject to a pressure of approximately 10 atm. A
typical gas cylinder used for such depths contains 51.2 g of 0, and 326.4 g of He and has a volume of 10.0 L. What is the
partial pressure of each gas at 20.00°C, and what is the total pressure in the cylinder at this temperature?

Given: masses of components, total volume, and temperature

Asked for: partial pressures and total pressure

Strategy:

A. Calculate the number of moles of He and O, present.

B. Use the ideal gas law to calculate the partial pressure of each gas. Then add together the partial pressures to obtain the total
pressure of the gaseous mixture.

Solution:
A The number of moles of He is

3264 ¢g
=—— > =81.54 mol
MHe = 1008 g/mol - ot 2O
The number of moles of Oq is
51.2 g
== 1. 1
™02 = 3500 g/mol _ 00 20

B We can now use the ideal gas law to calculate the partial pressure of each:

Rr 8154 mol x 0.08206 atm-L 09315 K
g, = S mol - K — 196.2 atm
% 100 L
1.60 mol x 0.08206 22 L 99315 K
Po, = "efT _ ~ i mol K “ 0T g
2 % 100L

The total pressure is the sum of the two partial pressures:

Piot = Pyo + Po, = (196.2 + 3.85) atm = 200.1 atm
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A cylinder of compressed natural gas has a volume of 20.0 L and contains 1813 g of methane and 336 g of ethane. Calculate
the partial pressure of each gas at 22.0°C and the total pressure in the cylinder.

Answer

Pcp, = 137 atm; Pc,a, = 13.4 atm; P,z = 151 atm

Mole Fractions of Gas Mixtures

The composition of a gas mixture can be described by the mole fractions of the gases present. The mole fraction (x) of any
component of a mixture is the ratio of the number of moles of that component to the total number of moles of all the species
present in the mixture (n:):

molesof A ny na (5.5.9)

Xa= total moles ~ mot ng+ng+--

The mole fraction is a dimensionless quantity between 0 and 1. If x4 = 1.0, then the sample is pure A, not a mixture. If x4, = 0, then
no A is present in the mixture. The sum of the mole fractions of all the components present must equal 1.

To see how mole fractions can help us understand the properties of gas mixtures, let’s evaluate the ratio of the pressure of a gas A
to the total pressure of a gas mixture that contains A. We can use the ideal gas law to describe the pressures of both gas A and the
mixture: Py = naRT/V and P;,; = n:RT/V. The ratio of the two is thus

Py naRT/V _ na

-4 _ A7 = 5.5.10
Pi nmRT/V Ntot x4 ( )

Rearranging this equation gives
Pp = x 4Pt (5.5.11)

That is, the partial pressure of any gas in a mixture is the total pressure multiplied by the mole fraction of that gas. This conclusion
is a direct result of the ideal gas law, which assumes that all gas particles behave ideally. Consequently, the pressure of a gas in a
mixture depends on only the percentage of particles in the mixture that are of that type, not their specific physical or chemical
properties. By volume, Earth’s atmosphere is about 78% Ns, 21% O,, and 0.9% Ar, with trace amounts of gases such as CO,, H,0,
and others. This means that 78% of the particles present in the atmosphere are Na; hence the mole fraction of Nz is 78%/100% =
0.78. Similarly, the mole fractions of Oz and Ar are 0.21 and 0.009, respectively. Using Equation 5.5.11, we therefore know that the
partial pressure of N> is 0.78 atm (assuming an atmospheric pressure of exactly 760 mmHg) and, similarly, the partial pressures of
O, and Ar are 0.21 and 0.009 atm, respectively.
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v/ Example 5.5.2: Exhaling Composition

We have just calculated the partial pressures of the major gases in the air we inhale. Experiments that measure the composition
of the air we exhale yield different results, however. The following table gives the measured pressures of the major gases in
both inhaled and exhaled air. Calculate the mole fractions of the gases in exhaled air.

the mole fractions of the gases

Inhaled Air / mmHg Exhaled Air / mmHg
Py, 597 568
Po, 158 116
Pry0 0.3 28
B 5 48
Py, 8 8
P 767 767

Given: pressures of gases in inhaled and exhaled air
Asked for: mole fractions of gases in exhaled air

Strategy:
Calculate the mole fraction of each gas using Equation 5.5.11.

Solution:
The mole fraction of any gas A is given by

where P, is the partial pressure of A and P, is the total pressure. For example, the mole fraction of CO, is given as:

48 mmHg

X002 = o mTlg 0003

The following table gives the values of y 4 for the gases in the exhaled air.

Solutions to Example 10.6.2

Gas Mole Fraction
Ny 0.741
0, 0.151
H,O 0.037
CO, 0.063
Ar 0.010

? Exercise 5.5.2

Venus is an inhospitable place, with a surface temperature of 560°C and a surface pressure of 90 atm. The atmosphere consists
of about 96% CO> and 3% N, with trace amounts of other gases, including water, sulfur dioxide, and sulfuric acid. Calculate
the partial pressures of CO, and Nj.

Answer
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Pco, = 86 atm

Py, = 2.7atm

Summary

The partial pressure of each gas in a mixture is proportional to its mole fraction. The pressure exerted by each gas in a gas mixture
(its partial pressure) is independent of the pressure exerted by all other gases present. Consequently, the total pressure exerted by
a mixture of gases is the sum of the partial pressures of the components (Dalton’s law of partial pressures). The amount of gas
present in a mixture may be described by its partial pressure or its mole fraction. The mole fraction of any component of a mixture
is the ratio of the number of moles of that substance to the total number of moles of all substances present. In a mixture of gases,
the partial pressure of each gas is the product of the total pressure and the mole fraction of that gas.

5.5: Mixtures of Gases and Partial Pressures is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
LibreTexts.

« 10.6: Gas Mixtures and Partial Pressures is licensed CC BY-NC-SA 3.0.
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5.6: Gases in Chemical Reactions- Stoichiometry Revisited

Earlier in the course we performed stoichiometric calculations with chemical reactions using quantities of moles and mass
(typically in grams). These same principles can be applied to chemical reactions involving gases except that we first have to

convert volumes of gases into moles.

Example 5.7

Example

Hydrogen gas reacts with oxygen gas to produce water vapor via the following balanced chemical equation:

2Hy(g) + Oag) -> 2H:20)

If the temperature is 320 K and pressure is 1.34 atm, what volume of oxygen is required to produce 65.0 g of water?

Strategy: Since we are given the temperature and pressure, to find the volume of oxygen using the ideal gas law we need to first

calculate the moles of oxygen. To find the moles of oxygen required, we can first calculate the moles of water in 65.0g.
Muyater 65.0 g

= = =3.61 1 of wat 5.6.1
Nuater o 18.0g/mol mol of water ( )

From the balanced chemical equation, we can see that 1 equivalent of oxygen produces 2 equivalents of water. We can therefore write
the following ratio:

1 mol O; : 2 mol H,O

We can now solve for the amount of oxygen:

(3.61 mol H;0) x ( 21 mol Oz

TH_ZO) = 1.81 mol 02 (5.62)

Finally, now that we know how many moles of oxygen are required, we can calculate the volume of the oxygen using the ideal gas law
and the temperature&pressure provided in question:

PV =nRT (5.6.3)

nRT
== 6.4
V="3 (5.6.4)
v 1.81mol - 0.08206L12: . 320K .
- 1.34atm (B5.)
V =35.5L (5.6.6)

5.6: Gases in Chemical Reactions- Stoichiometry Revisited is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or
curated by LibreTexts.
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5.7: Kinetic Molecular Theory- A Model for Gases

4b Learning Objectives

o To understand the significance of the kinetic molecular theory of gases.

The laws that describe the behavior of gases were well established long before anyone had developed a coherent model of the
properties of gases. In this section, we introduce a theory that describes why gases behave the way they do. The theory we
introduce can also be used to derive laws such as the ideal gas law from fundamental principles and the properties of individual
particles.

A Molecular Description

The kinetic molecular theory of gases explains the laws that describe the behavior of gases. Developed during the mid-19th century
by several physicists, including the Austrian Ludwig Boltzmann (1844-1906), the German Rudolf Clausius (1822-1888), and the
Englishman James Clerk Maxwell (1831-1879), who is also known for his contributions to electricity and magnetism, this theory
is based on the properties of individual particles as defined for an ideal gas and the fundamental concepts of physics. Thus the
kinetic molecular theory of gases provides a molecular explanation for observations that led to the development of the ideal gas
law. The kinetic molecular theory of gases is based on the following five postulates:

X five postulates of Kinetic Molecular Theory

1. A gas is composed of a large number of particles called molecules (whether monatomic or polyatomic) that are in constant
random motion.

2. Because the distance between gas molecules is much greater than the size of the molecules, the volume of the molecules is
negligible.

3. Intermolecular interactions, whether repulsive or attractive, are so weak that they are also negligible.

4. Gas molecules collide with one another and with the walls of the container, but these collisions are perfectly elastic; that is,
they do not change the average kinetic energy of the molecules.

5. The average kinetic energy of the molecules of any gas depends on only the temperature, and at a given temperature, all
gaseous molecules have exactly the same average kinetic energy.

Although the molecules of real gases have nonzero volumes and exert both attractive and repulsive forces on one another, for the
moment we will focus on how the kinetic molecular theory of gases relates to the properties of gases we have been discussing. In
the following sections, we explain how this theory must be modified to account for the behavior of real gases.

b

Figure 5.7.1: Visualizing molecular motion. Molecules of a gas are in constant motion and collide with one another and with the
container wall.
Postulates 1 and 4 state that gas molecules are in constant motion and collide frequently with the walls of their containers. The
collision of molecules with their container walls results in a momentum transfer (impulse) from molecules to the walls (Figure
5.7.2).
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container
wall
—_— X

Figure 5.7.2: Momentum transfer (impulse) from a molecule to the container wall as it bounces off the wall. 4, and Ap, are the z
component of the molecular velocity and the momentum transferred to the wall, respectively. The wall is perpendicular to « axis.
Since the collisions are elastic, the molecule bounces back with the same velocity in the opposite direction.

The momentum transfer to the wall perpendicular to z axis as a molecule with an initial velocity u, in z direction hits is
expressed as:

Ap, = 2mu, (6.7.1)

The collision frequency, a number of collisions of the molecules to the wall per unit area and per second, increases with the
molecular speed and the number of molecules per unit volume.

o (ug) x (%) (5.7.2)

The pressure the gas exerts on the wall is expressed as the product of impulse and the collision frequency.

P x (2mug) X (ug) X (%) [ (%)mui (5.7.3)

At any instant, however, the molecules in a gas sample are traveling at different speed. Therefore, we must replace 2 in the
expression above with the average value of w2, which is denoted by u2. The overbar designates the average value over all
molecules.

The exact expression for pressure is given as :

P= %mu_g (5.7.4)

Finally, we must consider that there is nothing special about z direction. We should expect that

Here the quantity 2 is called the mean-square speed defined as the average value of square-speed (u2) over all molecules. Since

2 _ 2 2, ,2
u” = Uy +uy +u;

for each molecule, then
u? =2 +ul 4 ul.
o 1= — . . . .
By substituting §u2 for »2 in the expression above, we can get the final expression for the pressure:

P=2+ u? (5.7.5)

Because volumes and intermolecular interactions are negligible, postulates 2 and 3 state that all gaseous particles behave
identically, regardless of the chemical nature of their component molecules. This is the essence of the ideal gas law, which treats all
gases as collections of particles that are identical in all respects except mass. Postulate 2 also explains why it is relatively easy to
compress a gas; you simply decrease the distance between the gas molecules.

Postulate 5 provides a molecular explanation for the temperature of a gas. Postulate 5 refers to the average translational kinetic
energy of the molecules of a gas (ex), which can be represented as and states that at a given Kelvin temperature (T), all gases have
the same value of

1 =
e =5 u? =

N oo

R
=T (5.7.6)
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where N4 is the Avogadro's constant. The total translational kinetic energy of 1 mole of molecules can be obtained by multiplying
the equation by Ny4:

1 J—
N = 5 Mk = %RT (5.7.7)

where M is the molar mass of the gas molecules and is related to the molecular mass by M = Nsm. By rearranging the equation,
we can get the relationship between the root-mean square speed (u.y,s) and the temperature. The rms speed (u.ms) is the square root
of the sum of the squared speeds divided by the number of particles:

2 2 2
N + +...
Urms = V u? = V w (578)

where N is the number of particles and u; is the speed of particle ;.

The relationship between u.y, and the temperature is given by:

3RT
Urms = 7 (5.7.9)

In Equation 5.7.9, u,ns has units of meters per second; consequently, the units of molar mass M are kilograms per mole, temperature
T is expressed in kelvins, and the ideal gas constant R has the value 8.3145 J/(K+mol). Equation 5.7.9 shows that u,; of a gas is
proportional to the square root of its Kelvin temperature and inversely proportional to the square root of its molar mass. The root
mean-square speed of a gas increase with increasing temperature. At a given temperature, heavier gas molecules have slower
speeds than do lighter ones.

The rms speed and the average speed do not differ greatly (typically by less than 10%). The distinction is important, however,
because the rms speed is the speed of a gas particle that has average kinetic energy. Particles of different gases at the same
temperature have the same average kinetic energy, not the same average speed. In contrast, the most probable speed (vp) is the
speed at which the greatest number of particles is moving. If the average kinetic energy of the particles of a gas increases linearly
with increasing temperature, then Equation 5.7.8 tells us that the rms speed must also increase with temperature because the mass of
the particles is constant. At higher temperatures, therefore, the molecules of a gas move more rapidly than at lower temperatures,
and vp increases.

At a given temperature, all gaseous particles have the same average kinetic energy but

not the same average speed.

v/ Example 5.7.1

The speeds of eight particles were found to be 1.0, 4.0, 4.0, 6.0, 6.0, 6.0, 8.0, and 10.0 m/s. Calculate their average speed (v,y)
root mean square speed (vyms), and most probable speed (vy).

Given: particle speeds
Asked for: average speed (v,y), root mean square speed (v.ys), and most probable speed (vy,)
Strategy:

Use Equation 5.7.6 to calculate the average speed and Equation 5.7.8 to calculate the rms speed. Find the most probable speed
by determining the speed at which the greatest number of particles is moving.

Solution:
The average speed is the sum of the speeds divided by the number of particles:

1.0+ 4.0 + 4.0 + 6.0 + 6.0 + 6.0 + 8.0 + 10.
oy = (1040 0+60+680+60+80+ oo)m/s=5£m/S

The rms speed is the square root of the sum of the squared speeds divided by the number of particles:
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=6.2m/s

o \/ (1.0% + 4.0% + 4.0% 4 6.0% + 6.02 4 6.0% 4 8.0% + 10.0?) m2/s?
ms —
8

The most probable speed is the speed at which the greatest number of particles is moving. Of the eight particles, three have
speeds of 6.0 m/s, two have speeds of 4.0 m/s, and the other three particles have different speeds. Hence vm = 6.0 m/s. The vims
of the particles, which is related to the average kinetic energy, is greater than their average speed.

Boltzmann Distributions

At any given time, what fraction of the molecules in a particular sample has a given speed? Some of the molecules will be moving
more slowly than average, and some will be moving faster than average, but how many in each situation? Answers to questions
such as these can have a substantial effect on the amount of product formed during a chemical reaction. This problem was solved
mathematically by Maxwell in 1866; he used statistical analysis to obtain an equation that describes the distribution of molecular
speeds at a given temperature. Typical curves showing the distributions of speeds of molecules at several temperatures are
displayed in Figure 5.7.3. Increasing the temperature has two effects. First, the peak of the curve moves to the right because the
most probable speed increases. Second, the curve becomes broader because of the increased spread of the speeds. Thus increased
temperature increases the value of the most probable speed but decreases the relative number of molecules that have that speed.
Although the mathematics behind curves such as those in Figure 5.7.3 were first worked out by Maxwell, the curves are almost
universally referred to as Boltzmann distributions, after one of the other major figures responsible for the kinetic molecular theory
of gases.

Relative number of N, molecules

0 500 1000 1500 2000 2500 3000
v(m/s)
Figure 5.7.3: The Distributions of Molecular Speeds for a Sample of Nitrogen Gas at Various Temperatures. Increasing the
temperature increases both the most probable speed (given at the peak of the curve) and the width of the curve.

The Relationships among Pressure, Volume, and Temperature

We now describe how the kinetic molecular theory of gases explains some of the important relationships we have discussed

previously.

o Pressure versus Volume: At constant temperature, the kinetic energy of the molecules of a gas and hence the rms speed remain
unchanged. If a given gas sample is allowed to occupy a larger volume, then the speed of the molecules does not change, but the
density of the gas (number of particles per unit volume) decreases, and the average distance between the molecules increases.
Hence the molecules must, on average, travel farther between collisions. They therefore collide with one another and with the
walls of their containers less often, leading to a decrease in pressure. Conversely, increasing the pressure forces the molecules
closer together and increases the density, until the collective impact of the collisions of the molecules with the container walls
just balances the applied pressure.

o Volume versus Temperature: Raising the temperature of a gas increases the average kinetic energy and therefore the rms
speed (and the average speed) of the gas molecules. Hence as the temperature increases, the molecules collide with the walls of
their containers more frequently and with greater force. This increases the pressure, unless the volume increases to reduce the
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pressure, as we have just seen. Thus an increase in temperature must be offset by an increase in volume for the net impact
(pressure) of the gas molecules on the container walls to remain unchanged.

o Pressure of Gas Mixtures: Postulate 3 of the kinetic molecular theory of gases states that gas molecules exert no attractive or
repulsive forces on one another. If the gaseous molecules do not interact, then the presence of one gas in a gas mixture will have
no effect on the pressure exerted by another, and Dalton’s law of partial pressures holds.

v/ Example 5.7.2

The temperature of a 4.75 L container of Ny gas is increased from 0°C to 117°C. What is the qualitative effect of this change
on the

a. average kinetic energy of the N, molecules?

b. rms speed of the N, molecules?

c. average speed of the N, molecules?

d. impact of each N, molecule on the wall of the container during a collision with the wall?

e. total number of collisions per second of N, molecules with the walls of the entire container?

f. number of collisions per second of N, molecules with each square centimeter of the container wall?
g. pressure of the N, gas?

Given: temperatures and volume

Asked for: effect of increase in temperature

Strategy:
Use the relationships among pressure, volume, and temperature to predict the qualitative effect of an increase in the

temperature of the gas.

Solution:
a. Increasing the temperature increases the average kinetic energy of the N, molecules.

b. An increase in average kinetic energy can be due only to an increase in the rms speed of the gas particles.

c. If the rms speed of the N, molecules increases, the average speed also increases.

d. If, on average, the particles are moving faster, then they strike the container walls with more energy.

e. Because the particles are moving faster, they collide with the walls of the container more often per unit time.

f. The number of collisions per second of N, molecules with each square centimeter of container wall increases because the
total number of collisions has increased, but the volume occupied by the gas and hence the total area of the walls are
unchanged.

g. The pressure exerted by the N, gas increases when the temperature is increased at constant volume, as predicted by the
ideal gas law.

? Exercise 5.7.2

A sample of helium gas is confined in a cylinder with a gas-tight sliding piston. The initial volume is 1.34 L, and the
temperature is 22°C. The piston is moved to allow the gas to expand to 2.12 L at constant temperature. What is the qualitative
effect of this change on the

a. average kinetic energy of the He atoms?

b. rms speed of the He atoms?

c. average speed of the He atoms?

d. impact of each He atom on the wall of the container during a collision with the wall?

e. total number of collisions per second of He atoms with the walls of the entire container?

f. number of collisions per second of He atoms with each square centimeter of the container wall?
g. pressure of the He gas?

Answer a
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no change
Answer b

no change
Answer ¢

no change
Answer d

no change
Answer e

decreases
Answer f

decreases
Answer g

decreases

Summary

o The kinetic molecular theory of gases provides a molecular explanation for the observations that led to the development of the

ideal gas law.
o Average kinetic energy:

¢ Root mean square speed:

¢ Kinetic molecular theory of gases:

_ [3RT
urms - M

The behavior of ideal gases is explained by the kinetic molecular theory of gases. Molecular motion, which leads to collisions
between molecules and the container walls, explains pressure, and the large intermolecular distances in gases explain their high
compressibility. Although all gases have the same average kinetic energy at a given temperature, they do not all possess the same
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root mean square (rms) speed (vims). The actual values of speed and kinetic energy are not the same for all particles of a gas but
are given by a Boltzmann distribution, in which some molecules have higher or lower speeds (and kinetic energies) than average.

5.7: Kinetic Molecular Theory- A Model for Gases is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
LibreTexts.

¢ 10.7: Kinetic-Molecular Theory is licensed CC BY-NC-SA 3.0.

https://chem.libretexts.org/@go/page/472312


https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/472312?pdf
https://chem.libretexts.org/Courses/Prince_Georges_Community_College/CHEM_1010%3A_General_Chemistry_(Miller)/05%3A_Gases/5.07%3A_Kinetic_Molecular_Theory-_A_Model_for_Gases
https://creativecommons.org/licenses/by-nc-sa/4.0
https://chem.libretexts.org/@go/page/21765
https://creativecommons.org/licenses/by-nc-sa/3.0/

LibreTexts"

5.8: Mean Free Path, Diffusion, and Effusion of Gases

4b Learning Objectives

o To understand the significance of the kinetic molecular theory of gases

We now describe how the kinetic molecular theory of gases explains some of the important relationships we have discussed
previously.

Diffusion and Effusion

As you have learned, the molecules of a gas are not stationary but in constant and random motion. If someone opens a bottle of
perfume in the next room, for example, you are likely to be aware of it soon. Your sense of smell relies on molecules of the
aromatic substance coming into contact with specialized olfactory cells in your nasal passages, which contain specific receptors
(protein molecules) that recognize the substance. How do the molecules responsible for the aroma get from the perfume bottle to
your nose? You might think that they are blown by drafts, but, in fact, molecules can move from one place to another even in a
draft-free environment.

Diffusion is the gradual mixing of gases due to the motion of their component particles even in the absence of mechanical agitation
such as stirring. The result is a gas mixture with uniform composition. Diffusion is also a property of the particles in liquids and
liquid solutions and, to a lesser extent, of solids and solid solutions. The related process, effusion, is the escape of gaseous
molecules through a small (usually microscopic) hole, such as a hole in a balloon, into an evacuated space.

The phenomenon of effusion had been known for thousands of years, but it was not until the early 19th century that quantitative
experiments related the rate of effusion to molecular properties. The rate of effusion of a gaseous substance is inversely
proportional to the square root of its molar mass. This relationship is referred to as Graham’s law, after the Scottish chemist
Thomas Graham (1805-1869). The ratio of the effusion rates of two gases is the square root of the inverse ratio of their molar

masses.

rate of effusion A Mp

Tate of offusion B ~ || M (5.8.1)

- g -

Ethylene oxide

Helium (M = 4.00 g/mol) effuses much more rapidly than ethylene oxide (M = 44.0 g/mol). Because helium is less dense than air,
helium-filled balloons “float” at the end of a tethering string. Unfortunately, rubber balloons filled with helium soon lose their
buoyancy along with much of their volume. In contrast, rubber balloons filled with air tend to retain their shape and volume for a
much longer time. Because helium has a molar mass of 4.00 g/mol, whereas air has an average molar mass of about 29 g/mol, pure

helium effuses through the microscopic pores in the rubber balloon 42—30 = 2.7 times faster than air. For this reason, high-quality

helium-filled balloons are usually made of Mylar, a dense, strong, opaque material with a high molecular mass that forms films that
have many fewer pores than rubber. Hence, mylar balloons can retain their helium for days.
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Figure 5.8.1: The Relative Rates of Effusion of Two Gases with Different Masses. The lighter He atoms (M = 4.00 g/mol) effuse
through the small hole more rapidly than the heavier ethylene oxide (C,H40) molecules (M = 44.0 g/mol), as predicted by
Graham’s law (Equation 5.8.1).

I At a given temperature, heavier molecules move more slowly than lighter molecules.

v/ Example 5.8.1

During World War II, scientists working on the first atomic bomb were faced with the challenge of finding a way to obtain
large amounts of »5U. Naturally occurring uranium is only 0.720% 2°U, whereas most of the rest (99.275%) is 28U, which is
not fissionable (i.e., it will not break apart to release nuclear energy) and also actually poisons the fission process. Because
both isotopes of uranium have the same reactivity, they cannot be separated chemically. Instead, a process of gaseous effusion
was developed using the volatile compound U Fg (boiling point = 56°C).

1. Calculate the ratio of the rates of effusion of 23°UFg and 238UF, for a single step in which UFg is allowed to pass through a
porous barrier. (The atomic mass of 2>°U is 235.04, and the atomic mass of 233U is 238.05.)

2. If n identical successive separation steps are used, the overall separation is given by the separation in a single step (in this
case, the ratio of effusion rates) raised to the nth power. How many effusion steps are needed to obtain 99.0% pure 235UF;?

Given: isotopic content of naturally occurring uranium and atomic masses of 3°U and 23U
Asked for: ratio of rates of effusion and number of effusion steps needed to obtain 99.0% pure 23°UFg
Strategy:

A. Calculate the molar masses of 23°UFg and 238UFg, and then use Graham’s law to determine the ratio of the effusion rates.
Use this value to determine the isotopic content of 23°UFy after a single effusion step.

B. Divide the final purity by the initial purity to obtain a value for the number of separation steps needed to achieve the
desired purity. Use a logarithmic expression to compute the number of separation steps required.

Solution:

A The first step is to calculate the molar mass of UFg containing >*°U and 22®U. Luckily for the success of the separation
method, fluorine consists of a single isotope of atomic mass 18.998. The molar mass of 235UFy is
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The molar mass of 238UFy is

234.04 + (6)(18.998) = 349.03 g/mol

238.05 + (6)(18.998) = 352.04 g/mol

The difference is only 3.01 g/mol (less than 1%). The ratio of the effusion rates can be calculated from Graham’s law using

Equation 5.8.1:
235
rate “°UFg _ 352.04 g/mol 10043
rate 238UFg 349.03 g/mol

B To obtain 99.0% pure 2>UFg requires many steps. We can set up an equation that relates the initial and final purity to the
number of times the separation process is repeated:

final purity = (initial purity)(separation)”

In this case, 0.990 = (0.00720)(1.0043)", which can be rearranged to give

o 0990
1.0043" = 0.00720 — 137.50
Taking the logarithm of both sides gives
n1n(1.0043) = In(137.50) (5.8.2)
1n(137.50)
™= n(1.0043) (58.3)
=1148 (5.8.4)

Thus at least a thousand effusion steps are necessary to obtain highly enriched 23°U. Below is a small part of a system that is
used to prepare enriched uranium on a large scale.

A Portion of a Plant for Separating Uranium Isotopes by Effusion of UFg The large cylindrical objects (note the human for
scale) are so-called diffuser (actually effuser) units, in which gaseous UFg is pumped through a porous barrier to partially
separate the isotopes. The UFg must be passed through multiple units to become substantially enriched in 23°U.

Helium consists of two isotopes: He (natural abundance = 0.000134%) and “He (natural abundance = 99.999866%). Their
atomic masses are 3.01603 and 4.00260, respectively. Helium-3 has unique physical properties and is used in the study of

ultralow temperatures. It is separated from the more abundant “He by a process of gaseous effusion.
a. Calculate the ratio of the effusion rates of *He and “He and thus the enrichment possible in a single effusion step.
b. How many effusion steps are necessary to yield 99.0% pure *He?
Answer a
ratio of effusion rates = 1.15200; one step gives 0.000154% 3He

Answer b
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l 96 steps

Rates of Diffusion or Effusion

Graham’s law is an empirical relationship that states that the ratio of the rates of diffusion or effusion of two gases is the square
root of the inverse ratio of their molar masses. The relationship is based on the postulate that all gases at the same temperature have
the same average kinetic energy. We can write the expression for the average kinetic energy of two gases with different molar

masses:
1My, 1M,
KE = 2 N, UrmeA = 5y, UrmsB (5.8.5)
Multiplying both sides by 2 and rearranging give
Ve _ Ma (5.8.6)
Ulz'ms,A - Mg -

Taking the square root of both sides gives

VUrms,B MA
— = ” —_— 5.8.7
Vrms, A Mg ( )

Thus the rate at which a molecule, or a mole of molecules, diffuses or effuses is directly related to the speed at which it moves.
Equation 5.8.7 shows that Graham’s law is a direct consequence of the fact that gaseous molecules at the same temperature have the
same average kinetic energy.

Typically, gaseous molecules have a speed of hundreds of meters per second (hundreds of miles per hour). The effect of molar mass
on these speeds is dramatic, as illustrated in Figure 5.8.3 for some common gases. Because all gases have the same average kinetic
energy, according to the Boltzmann distribution, molecules with lower masses, such as hydrogen and helium, have a wider
distribution of speeds.

Relative number of molecules

0 500 1000 1500 2000 2500 3000
v(m/s), at 298 K
Figure 5.8.3: The Wide Variation in Molecular Speeds Observed at 298 K for Gases with Different Molar Masses

The lightest gases have a wider distribution of speeds and the highest average speeds.

Molecules with lower masses have a wider distribution of speeds and a higher average
speed.
Gas molecules do not diffuse nearly as rapidly as their very high speeds might suggest. If molecules actually moved through a

room at hundreds of miles per hour, we would detect odors faster than we hear sound. Instead, it can take several minutes for us to
detect an aroma because molecules are traveling in a medium with other gas molecules. Because gas molecules collide as often as
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10'° times per second, changing direction and speed with each collision, they do not diffuse across a room in a straight line, as

illustrated schematically in Figure 5.8.4.

Figure 5.8.4: The Path of a Single Particle in a Gas Sample. The frequent changes in direction are the result of collisions with other
gas molecules and with the walls of the container.

The average distance traveled by a molecule between collisions is the mean free path. The denser the gas, the shorter the mean free
path; conversely, as density decreases, the mean free path becomes longer because collisions occur less frequently. At 1 atm
pressure and 25°C, for example, an oxygen or nitrogen molecule in the atmosphere travels only about 6.0 x 1078 m (60 nm)
between collisions. In the upper atmosphere at about 100 km altitude, where gas density is much lower, the mean free path is about
10 cm; in space between galaxies, it can be as long as 1 x 10'° m (about 6 million miles).

I The denser the gas, the shorter the mean free path.

v/ Example 5.8.2

Calculate the rms speed of a sample -butene (C4Hg) at 20°C.
Given: compound and temperature

Asked for: rms speed

Strategy:

Calculate the molar mass of cis-2-butene. Be certain that all quantities are expressed in the appropriate units and then use
Equation 10.8.5 to calculate the rms speed of the gas.

Solution:
To use Equation 10.8.4, we need to calculate the molar mass of cis-2-butene and make sure that each quantity is expressed in
the appropriate units. Butene is C4Hg, so its molar mass is 56.11 g/mol. Thus

| 3RT
Urms = T (588)

3 x 83145 T—— X (20 +273) K
= - Ino (5.8.9)
56.11 x 1072 kg

=361m/s (5.8.10)

or approximately 810 mi/h.

? Exercise 5.8.1

Calculate the rms speed of a sample of radon gas at 23°C.

Answer
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l 1.82 x 102 m/s (about 410 mi/h)

The kinetic molecular theory of gases demonstrates how a successful theory can explain previously observed empirical
relationships (laws) in an intuitively satisfying way. Unfortunately, the actual gases that we encounter are not “ideal,” although
their behavior usually approximates that of an ideal gas.

Summary

o The kinetic molecular theory of gases provides a molecular explanation for the observations that led to the development of the
ideal gas law.
o Average kinetic energy:

ex = —Mmu, = EiT
K = ) TS 2 NA )
¢ Root mean square speed:
el etk
Urms = N )

o Kinetic molecular theory of gases:

s = 1/ 2L
TS — M‘

o Graham’s law for effusion:

UrmsB My

Urms, A M; B

Diffusion is the gradual mixing of gases to form a sample of uniform composition even in the absence of mechanical agitation. In
contrast, effusion is the escape of a gas from a container through a tiny opening into an evacuated space. The rate of effusion of a
gas is inversely proportional to the square root of its molar mass (Graham’s law), a relationship that closely approximates the rate
of diffusion. As a result, light gases tend to diffuse and effuse much more rapidly than heavier gases. The mean free path of a
molecule is the average distance it travels between collisions.

5.8: Mean Free Path, Diffusion, and Effusion of Gases is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or curated by
LibreTexts.

« 10.8: Molecular Effusion and Diffusion is licensed CC BY-NC-SA 3.0.
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5.9: Real Gases- The Effects of Size and Intermolecular Forces

4b Learning Objectives

o To recognize the differences between the behavior of an ideal gas and a real gas
¢ To understand how molecular volumes and intermolecular attractions cause the properties of real gases to deviate from
those predicted by the ideal gas law.

The postulates of the kinetic molecular theory of gases ignore both the volume occupied by the molecules of a gas and all
interactions between molecules, whether attractive or repulsive. In reality, however, all gases have nonzero molecular volumes.
Furthermore, the molecules of real gases interact with one another in ways that depend on the structure of the molecules and
therefore differ for each gaseous substance. In this section, we consider the properties of real gases and how and why they differ
from the predictions of the ideal gas law. We also examine liquefaction, a key property of real gases that is not predicted by the
kinetic molecular theory of gases.

Pressure, Volume, and Temperature Relationships in Real Gases

For an ideal gas, a plot of PV/nRT versus P gives a horizontal line with an intercept of 1 on the PV/nRT axis. Real gases,
however, show significant deviations from the behavior expected for an ideal gas, particularly at high pressures (Figure 5.9.1a).
Only at relatively low pressures (less than 1 atm) do real gases approximate ideal gas behavior (Figure 5.9.1b).

25 1.02
Hz i Ideal gas
b3 7
2.0 - 0, 1.00 =————eeoaloEnall
—CyHy
= 18 . 0.98 —
o «
£ £
= =
R R e e S 096
Ideal gas - _:2
2
0.5 - 0.94 —o0,
co,
0 | 0.92 ,
200 400 600 800 1000 0.0 2.0 4.0 6.0 8.0 10.0
Pressure (atm) Pressure (atm)
(a) PVI/nRT at high pressures (b) PVInRT at low pressures

Figure 5.9.1: Real Gases Do Not Obey the Ideal Gas Law, Especially at High Pressures. (a) In these plots of PV/nRT versus P at

273 K for several common gases, there are large negative deviations observed for C;H4 and CO; because they liquefy at relatively

low pressures. (b) These plots illustrate the relatively good agreement between experimental data for real gases and the ideal gas

law at low pressures.
Real gases also approach ideal gas behavior more closely at higher temperatures, as shown in Figure 5.9.2 for N,. Why do real
gases behave so differently from ideal gases at high pressures and low temperatures? Under these conditions, the two basic
assumptions behind the ideal gas law—namely, that gas molecules have negligible volume and that intermolecular interactions are
negligible—are no longer valid.

https://chem.libretexts.org/@go/page/472314
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Figure 5.9.2: The Effect of Temperature on the Behavior of Real Gases. A plot of PV/nRT versus P for nitrogen gas at three

temperatures shows that the approximation to ideal gas behavior becomes better as the temperature increases.
Because the molecules of an ideal gas are assumed to have zero volume, the volume available to them for motion is always the
same as the volume of the container. In contrast, the molecules of a real gas have small but measurable volumes. At low pressures,
the gaseous molecules are relatively far apart, but as the pressure of the gas increases, the intermolecular distances become smaller
and smaller (Figure 5.9.3). As a result, the volume occupied by the molecules becomes significant compared with the volume of the
container. Consequently, the total volume occupied by the gas is greater than the volume predicted by the ideal gas law. Thus at
very high pressures, the experimentally measured value of PV/nRT is greater than the value predicted by the ideal gas law.

(a) Low pressure (b) High pressure

Figure 5.9.3: The Effect of Nonzero Volume of Gas Particles on the Behavior of Gases at Low and High Pressures. (a) At low

pressures, the volume occupied by the molecules themselves is small compared with the volume of the container. (b) At high

pressures, the molecules occupy a large portion of the volume of the container, resulting in significantly decreased space in which

the molecules can move.
Moreover, all molecules are attracted to one another by a combination of forces. These forces become particularly important for
gases at low temperatures and high pressures, where intermolecular distances are shorter. Attractions between molecules reduce the
number of collisions with the container wall, an effect that becomes more pronounced as the number of attractive interactions
increases. Because the average distance between molecules decreases, the pressure exerted by the gas on the container wall
decreases, and the observed pressure is less than expected (Figure 5.9.4). Thus as shown in Figure 5.9.2, at low temperatures, the
ratio of \(PV/nRT\) is lower than predicted for an ideal gas, an effect that becomes particularly evident for complex gases and for
simple gases at low temperatures. At very high pressures, the effect of nonzero molecular volume predominates. The competition
between these effects is responsible for the minimum observed in the PV /nRT versus P plot for many gases.

Nonzero molecular volume makes the actual volume greater than predicted at high
pressures; intermolecular attractions make the pressure less than predicted.
At high temperatures, the molecules have sufficient kinetic energy to overcome intermolecular attractive forces, and the effects of
nonzero molecular volume predominate. Conversely, as the temperature is lowered, the kinetic energy of the gas molecules

decreases. Eventually, a point is reached where the molecules can no longer overcome the intermolecular attractive forces, and the
gas liquefies (condenses to a liquid).

The van der Waals Equation

The Dutch physicist Johannes van der Waals (1837-1923; Nobel Prize in Physics, 1910) modified the ideal gas law to describe the
behavior of real gases by explicitly including the effects of molecular size and intermolecular forces. In his description of gas
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behavior, the so-called van der Waals equation,

an2 Pressure Term
P T

a and b are empirical constants that are different for each gas. The values of g and p are listed in Table 5.9.1 for several common
gases.

Table 5.9.1:: van der Waals Constants for Some Common Gases (see Table A8 for more complete list)

Gas a ((L%-atm)/mol?) b (L/mol)
He 0.03410 0.0238
Ne 0.205 0.0167
Ar 1.337 0.032
H, 0.2420 0.0265
N, 1.352 0.0387
(0]} 1.364 0.0319
Cl, 6.260 0.0542
NH3 4.170 0.0371
CHy 2.273 0.0430
CO, 3.610 0.0429

The pressure term in Equation 5.9.1 corrects for intermolecular attractive forces that tend to reduce the pressure from that predicted
by the ideal gas law. Here, n?/V? represents the concentration of the gas (n/V) squared because it takes two particles to engage in
the pairwise intermolecular interactions of the type shown in Figure 5.9.4. The volume term corrects for the volume occupied by the
gaseous molecules.

(a) Low pressure (b) High pressure

Figure 5.9.4: The Effect of Intermolecular Attractive Forces on the Pressure a Gas Exerts on the Container Walls. (a) At low

pressures, there are relatively few attractive intermolecular interactions to lessen the impact of the molecule striking the wall of the

container, and the pressure is close to that predicted by the ideal gas law. (b) At high pressures, with the average intermolecular

distance relatively small, the effect of intermolecular interactions is to lessen the impact of a given molecule striking the container

wall, resulting in a lower pressure than predicted by the ideal gas law.
The correction for volume is negative, but the correction for pressure is positive to reflect the effect of each factor on V and P,
respectively. Because nonzero molecular volumes produce a measured volume that is larger than that predicted by the ideal gas
law, we must subtract the molecular volumes to obtain the actual volume available. Conversely, attractive intermolecular forces
produce a pressure that is less than that expected based on the ideal gas law, so the an?/V?2 term must be added to the measured
pressure to correct for these effects.
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You are in charge of the manufacture of cylinders of compressed gas at a small company. Your company president would like
to offer a 4.00 L cylinder containing 500 g of chlorine in the new catalog. The cylinders you have on hand have a rupture
pressure of 40 atm. Use both the ideal gas law and the van der Waals equation to calculate the pressure in a cylinder at 25°C. Is
this cylinder likely to be safe against sudden rupture (which would be disastrous and certainly result in lawsuits because
chlorine gas is highly toxic)?

Given: volume of cylinder, mass of compound, pressure, and temperature
Asked for: safety
Strategy:

A Use the molar mass of chlorine to calculate the amount of chlorine in the cylinder. Then calculate the pressure of the gas
using the ideal gas law.

B Obtain a and b values for Cl, from Table 5.9.1. Use the van der Waals equation (5.9.1) to solve for the pressure of the gas.
Based on the value obtained, predict whether the cylinder is likely to be safe against sudden rupture.

Solution:

A We begin by calculating the amount of chlorine in the cylinder using the molar mass of chlorine (70.906 g/mol):

n= (5.9.2)
_ 500g
"~ 70.906 g/mol (i)
= 7.052 mol
Using the ideal gas law and the temperature in kelvin (298 K), we calculate the pressure:
nRT
P=—— 5.9.4
= (5.9.4)
L-atm
7.052 mol x 0.08206 K x 298 K
= Io- . (5.9.5)
4.00 L
=43.1 atm (5.9.6)
If chlorine behaves like an ideal gas, you have a real problem!
B Now let’s use the van der Waals equation with the a and b values for Cl, from Table 5.9.1. Solving for P gives
nRT an?
P= o~ T (5.9.7)
. L2at
7.052 mol x 0.08206 22 » 208 K 6.260 > » (7.052 mol)2
_ mol - K _ mol? (5.9.8)
L (4.00 L)2 s
4.00 L — 7.052 mol x 0.0542——
mol
= 28.2 atm (5.9.9)

This pressure is well within the safety limits of the cylinder. The ideal gas law predicts a pressure 15 atm higher than that of the
van der Waals equation.

? Exercise 5.9.1

A 10.0 L cylinder contains 500 g of methane. Calculate its pressure to two significant figures at 27°C using the

a. ideal gas law.
b. van der Waals equation.

Answer a

@ 0 g @ @ https://chem.libretexts.org/@go/page/472314



https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/472314?pdf

LibreTexts"

77 atm
Answer b

67 atm

Liquefaction of Gases

Liquefaction of gases is the condensation of gases into a liquid form, which is neither anticipated nor explained by the kinetic
molecular theory of gases. Both the theory and the ideal gas law predict that gases compressed to very high pressures and cooled to
very low temperatures should still behave like gases, albeit cold, dense ones. As gases are compressed and cooled, however, they
invariably condense to form liquids, although very low temperatures are needed to liquefy light elements such as helium (for He,
4.2 K at 1 atm pressure).

Liquefaction can be viewed as an extreme deviation from ideal gas behavior. It occurs when the molecules of a gas are cooled to
the point where they no longer possess sufficient kinetic energy to overcome intermolecular attractive forces. The precise
combination of temperature and pressure needed to liquefy a gas depends strongly on its molar mass and structure, with heavier
and more complex molecules usually liquefying at higher temperatures. In general, substances with large van der Waals a
coefficients are relatively easy to liquefy because large a coefficients indicate relatively strong intermolecular attractive
interactions. Conversely, small molecules with only light elements have small a coefficients, indicating weak intermolecular
interactions, and they are relatively difficult to liquefy. Gas liquefaction is used on a massive scale to separate O,, Ny, Ar, Ne, Kr,
and Xe. After a sample of air is liquefied, the mixture is warmed, and the gases are separated according to their boiling points.

A large value of a in the van der Waals equation indicates the presence of relatively strong
intermolecular attractive interactions.

The ultracold liquids formed from the liquefaction of gases are called cryogenic liquids, from the Greek kryo, meaning “cold,” and
genes, meaning “producing.” They have applications as refrigerants in both industry and biology. For example, under carefully
controlled conditions, the very cold temperatures afforded by liquefied gases such as nitrogen (boiling point = 77 K at 1 atm) can
preserve biological materials, such as semen for the artificial insemination of cows and other farm animals. These liquids can also
be used in a specialized type of surgery called cryosurgery, which selectively destroys tissues with a minimal loss of blood by the
use of extreme cold.

Figure 5.9.5: A Liquid Natural Gas Transport Ship.

Moreover, the liquefaction of gases is tremendously important in the storage and shipment of fossil fuels (Figure 5.9.5). Liquefied
natural gas (LNG) and liquefied petroleum gas (LPG) are liquefied forms of hydrocarbons produced from natural gas or petroleum

below about —162°C. It can be stored in double-walled, vacuum-insulated containers at or slightly above atmospheric pressure.
Because LNG occupies only about 1/600 the volume of natural gas, it is easier and more economical to transport. LPG is typically

a mixture of propane, propene, butane, and butenes and is primarily used as a fuel for home heating. It is also used as a feedstock
for chemical plants and as an inexpensive and relatively nonpolluting fuel for some automobiles.

Summary

No real gas exhibits ideal gas behavior, although many real gases approximate it over a range of conditions. Deviations from ideal
gas behavior can be seen in plots of PV/nRT versus P at a given temperature; for an ideal gas, PV/nRT versus P = 1 under all
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conditions. At high pressures, most real gases exhibit larger PV/nRT values than predicted by the ideal gas law, whereas at low
pressures, most real gases exhibit PV/nRT values close to those predicted by the ideal gas law. Gases most closely approximate
ideal gas behavior at high temperatures and low pressures. Deviations from ideal gas law behavior can be described by the van der
Waals equation, which includes empirical constants to correct for the actual volume of the gaseous molecules and quantify the
reduction in pressure due to intermolecular attractive forces. If the temperature of a gas is decreased sufficiently, liquefaction
occurs, in which the gas condenses into a liquid form. Liquefied gases have many commercial applications, including the transport
of large amounts of gases in small volumes and the uses of ultracold cryoegenic liquids.

5.9: Real Gases- The Effects of Size and Intermolecular Forces is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or
curated by LibreTexts.

« 10.9: Real Gases - Deviations from Ideal Behavior is licensed CC BY-NC-SA 3.0.
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6: Thermochemistry
Template:HideTOC

All chemical changes are accompanied by the absorption or release of heat. The intimate connection between matter and energy has
been a source of wonder and speculation from the most primitive times; it is no accident that fire was considered one of the four
basic elements (along with earth, air, and water) as early as the fifth century BCE. In this unit we will review some of the
fundamental concepts of energy and heat and the relation between them. We will begin the study of thermodynamics, which treats
the energetic aspects of change in general, and we will finally apply this specifically to chemical change. Our purpose will be to
provide you with the tools to predict the energy changes associated with chemical processes. This will build the groundwork for a
more ambitious goal: to predict the direction and extent of change itself.

6.1: The Nature and Types of Energy

6.2: Quantifying Heat and Work

6.3: The First Law of Thermodynamics

6.4: Enthalpy- The Heat Evolved in a Chemical Reaction at Constant Pressure
6.5: Constant Pressure Calorimetry- Measuring AH for Chemical Reactions
6.6: Relationships Involving Enthalpy of Reactions

6.7: Enthalpies of Reaction from Standard Heats of Formation

Thumbnail: Dancing Flames of burning charcoal in the dark (CC BY-SA 3.0; Oscar via Wikipedia).
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6.1: The Nature and Types of Energy

; the potential energies of electrons in the force field created by atomic nuclei lie at the heart of the chemical behavior of and

molecules. "" usually refers to the energy that is stored in the of molecules. These bonds form when electrons are able to respond to
the force fields created by two or more atomic nuclei, so they can be regarded as manifestations of electrostatic potential energy. In
an chemical reaction, the electrons and nuclei within the reactants undergo rearrangement into products possessing lower energies,
and the difference is released to the environment in the form of heat. chemical reaction heats surrounding , the kinetic energy gets
dispersed into the molecular units in the environment. This "microscopic” form of kinetic energy, unlike that of a speeding bullet, is
completely random in the kinds of motions it exhibits and in its direction. We refer to this as "thermalized" kinetic energy, or more
commonly simply as . We observe the effects of this as a rise in the temperature of the . The temperature of a body is direct
measure of the quantity of thermal energy is contains. , energy comes in different types. Energy can be converted from one form
into another, but all of the energy present before a change occurs always exists in some form after the change is completed. This
observation is expressed in the : (a type of potential energy) is stored in the molecules that compose gasoline. When gasoline is
combusted within the cylinders of a car’s engine, the rapidly expanding gaseous products of this chemical reaction generate
mechanical energy (a type of kinetic energy) when they move the cylinders’ pistons. The is also one version of the first law of
thermodynamics, as you will learn later. in glucose to keep us warm and to move our muscles. In fact, life itself depends on the
conversion of to other forms. So when you go uphill, your kinetic energy is transformed into potential energy, which gets changed
back into kinetic energy as you coast down the other side. And where did the kinetic energy you expended in peddling uphill come
from? By conversion of some of the chemical potential energy in your breakfast cereal. ). Kinetic energy (KE) is the energy of
motion; potential energy is energy due to relative position, composition, or condition. When energy is converted from one form into
another, energy is neither created nor destroyed ( or first law of thermodynamics). has thermal energy due to the KE of its
molecules and temperature that corresponds to the average KE of its molecules. Heat is energy that is transferred between objects
at different temperatures; it flows from a high to a low temperature. Chemical and physical processes can absorb heat () or release

6.1: The Nature and Types of Energy 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: Quantifying Heat and Work

Learning Objectives

o To calculate changes in internal energy

o Distinguish the related properties of heat, thermal energy, and temperature

o Define and distinguish specific heat and heat capacity, and describe the physical implications of both
o Perform calculations involving heat, specific heat, and temperature change

Thermal energy is kinetic energy associated with the random motion of atoms and molecules. Temperature is a quantitative
measure of “hot” or “cold.” When the atoms and molecules in an object are moving or vibrating quickly, they have a higher
average kinetic energy (KE), and we say that the object is “hot.” When the atoms and molecules are moving slowly, they have

or vaporizing) occurs, increasing the amount of thermal energy in a sample of matter will cause its temperature to increase. And,
assuming that no chemical reaction or phase change (such as condensation or freezing) occurs, decreasing the amount of thermal
energy in a sample of matter will cause its temperature to decrease.

Hot water Cold water

(a) (b)

Drawing a is a box containing red spheres that are surrounded by lines indicating that the particles are moving rapidly. Drawing b
depicts another box which also contains spheres, but these are blue. They are all surrounded by smaller lines that depict a slower
motion compared to drawing a.

Figure 6.2.1: (a) The molecules in a sample of hot water move more rapidly than (b) those in a sample of cold water.

Heat (q) is the transfer of thermal energy between two bodies at different temperatures. Heat flow (a redundant term, but one
commonly used) increases the thermal energy of one body and decreases the thermal energy of the other. Suppose we initially have
a high temperature (and high thermal energy) substance (H) and a low temperature (and low thermal energy) substance (L). The
atoms and molecules in H have a higher average KE than those in L. If we place substance H in contact with substance L, the
thermal energy will flow spontaneously from substance H to substance L. The temperature of substance H will decrease, as will the
average KE of its molecules; the temperature of substance L will increase, along with the average KE of its molecules. Heat flow
will continue until the two substances are at the same temperature (Figure 6.2.2).

0_0.0 00 o'.' ® 00 eoo0oo0o|oo0o
00 %9 loog o 0% "0lo0,0 e%00j|0oo0o0
% | loogoe %0 |- 0,00 o0 o| o0 o
g %y e © 0090 0 o0 0909 |0g09
H L L H 1=
Different temperatures Contact Thermal equilibrium
(a) (b) (€)

Drawing a shows two separated boxes with red and blue spheres respectively. The radial lines along each sphere are more
concentrated for the box containing hotter molecules. Drawing b shows the two boxes in contact as well as the direction of heat
transfer from the hotter to colder region. The colors of the two molecules are turning into two different shades of maroon. The final
drawing depicts two boxes where molecules in each box are exactly identical in terms of color and motion.
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Figure 6.2.2: (a) Substances H and L are initially at different temperatures, and their atoms have different average kinetic energies.
(b) When they are put into contact with each other, collisions between the molecules result in the transfer of kinetic (thermal)
energy from the hotter to the cooler matter. (c) The two objects reach “thermal equilibrium” when both substances are at the same
temperature, and their molecules have the same average kinetic energy.

Matter undergoing chemical reactions and physical changes can release or absorb heat. A change that releases heat is called an
exothermic process. For example, the combustion reaction that occurs when using an oxyacetylene torch is an exothermic process
—this process also releases energy in the form of light as evidenced by the torch’s flame (Figure 6.2.3a). A reaction or change that
absorbs heat is an endothermic process. A cold pack used to treat muscle strains provides an example of an endothermic process.
When the substances in the cold pack (water and a salt like ammonium nitrate) are brought together, the resulting process absorbs
heat, leading to the sensation of cold.
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Two pictures are shown and labeled a and b. Picture a shows a metal railroad tie being cut with the flame of an acetylene torch.
Picture b shows a chemical cold pack containing ammonium nitrate.

Figure 6.2.3: (a) An oxyacetylene torch produces heat by the combustion of acetylene in oxygen. The energy released by this
exothermic reaction heats and then melts the metal being cut. The sparks are tiny bits of the molten metal flying away. (b) A cold
pack uses an endothermic process to create the sensation of cold. (credit a: modification of work by “Skatebiker”/Wikimedia
COmmons).

Historically, energy was measured in units of calories (cal). A calorie is the amount of energy required to raise one gram of water
by 1 degree C (1 kelvin). However, this quantity depends on the atmospheric pressure and the starting temperature of the water. The
ease of measurement of energy changes in calories has meant that the calorie is still frequently used. The Calorie (with a capital C),

joule. A joule (J) is defined as the amount of energy used when a force of 1 newton moves an object 1 meter. It is named in honor
of the English physicist James Prescott Joule. One joule is equivalent to 1 kg m%/s®, which is also called 1 newton-meter. A
kilojoule (kJ) is 1000 joules. To standardize its definition, 1 calorie has been set to equal 4.184 joules.

lcal =4.184J (6.2.1)

Application: Heat can do more than increase temperature

Most substances expand as their temperature increases and contract as their temperature decreases. This property can be used
to measure temperature changes, as shown in Figure 6.2.4. The operation of many thermometers depends on the expansion and
contraction of substances in response to temperature changes.
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Figure 6.2.4: (a) In an alcohol or mercury thermometer, the liquid (dyed red for visibility) expands when heated and contracts
when cooled, much more so than the glass tube that contains the liquid. (b) In a bimetallic thermometer, two different metals
(such as brass and steel) form a two-layered strip. When heated or cooled, one of the metals (brass) expands or contracts more
than the other metal (steel), causing the strip to coil or uncoil. Both types of thermometers have a calibrated scale that indicates
the temperature. (credit a: modification of work by “dwstucke”/Flickr). (c) The demonstration allows one to view the effects of
heating and cooling a coiled bimetallic strip.A bimetallic coil from a thermometer reacts to the heat from a lighter, by uncoiling
and then coiling back up when the lighter is removed. Animation used with permission from Hustvedt (via Wikipedia)

Picture a shows the lower portion of an alcohol thermometer. The two images labeled b both depict a metal strip coiled into a
spiral and composed of brass and steel. The left coil, which is loosely coiled, is labeled along its upper edge with the 30
degrees C and 10 degrees C. The end of the coil is near the 30 degrees C label. The right hand coil is much more tightly wound
and the end is near the 10 degree C label.

Direction of Heat Flow: Endothermic vs. Exothermic Processes

The reaction of powdered aluminum with iron(III) oxide, known as the thermite reaction, generates an enormous amount of heat—
enough, in fact, to melt steel. The balanced chemical equation for the reaction is as follows:

2 Al(s) + FeaO3(s) — 2Fe(s) + Al,O3(s) (6.2.2)
We can also write this chemical equation as
2Al(s) + Fes03(s) — 2Fe(s) + AloO3 (s) + heat (6.2.3)

to indicate that heat is one of the products. Chemical equations in which heat is shown as either a reactant or a product are called
thermochemical equations. In this reaction, the system consists of aluminum, iron, and oxygen atoms; everything else, including
the container, makes up the surroundings. During the reaction, so much heat is produced that the iron liquefies. Eventually, the
system cools; the iron solidifies as heat is transferred to the surroundings. A process in which heat (g) is transferred from a system
to its surroundings is described as exothermic. By convention, ¢ < 0 for an exothermic reaction.
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= Compilation

When you hold an ice cube in your hand, heat from the surroundings (including your hand) is transferred to the system (the ice),
causing the ice to melt and your hand to become cold. We can describe this process by the following thermochemical equation:

heat + H,O) — H2Oqy (6.2.4)
When heat is transferred to a system from its surroundings, the process is endothermic. By convention, ¢ > 0 for an endothermic

reaction.

I By convention, q < 0 for an exothermic reaction and q > 0 for an endothermic reaction.

Exercise 6.2.1

Decide whether the following are endothermic or exothermic processes

a. water evaporates off a shower door

b. an acid tablet being added to a pool and the surrounding water heats up
c. NH,Cl is dissolved in water and the solution cools

d. the burning of a log in a campfire

Hint

During an endothermic process heat is absorbed from surroundings, causing them to cool, so in every case where there is
cooling there is most likely an endothermic process taking place. For exothermic reactions energy is being released to the
surroundings and so the surroundings feel like they have been heated by the process.

Answer a

endothermic
Answer b

exothermic
Answer c

endothermic
Answer d

exothermic

Heat is technically not a component in Chemical Reactions

Technically, it is poor form to have a keat term in the chemical reaction like in Equations 6.2.3 and 6.2.4 since is it not a true
species in the reaction. However, this is a convenient approach to represent exothermic and endothermic behavior and is
commonly used by chemists.
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Contributors and Attributions

e 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).

Learning Objectives

e To know the relationship between energy, work, and heat.

One definition of energy is the capacity to do work. There are many kinds of work, including mechanical work, electrical work, and
work against a gravitational or a magnetic field. Here we will consider only mechanical work and focus on the work done during
changes in the pressure or the volume of a gas.

Mechanical Work

The easiest form of work to visualize is mechanical work (Figure 6.2.5), which is the energy required to move an object a distance d
when opposed by a force F, such as gravity:

w=Fd (6.2.5)

with w is work, F is opposing force, and d is distance.
D.rA <span class=
GIF
of an arrow pushing a red box upwards." class="internal default" style="width: 114px; height: 291px;" width="114px"
height="291px" data-cke-saved-src="/@api/deki/files/59146/ezgif.com-rotate.gif" src="/@api/deki/files/59146/ezgif.com-
rotate.gif" data-quail-id="143">

Figure 6.2.5: One form of energy is mechanical work, the energy required to move an object of mass m through distance d when
opposed by a force F, i.e., as gravity.

A powerlifter in the middle of lifting a barbell bar with multiple weights attached on each side. The weights are labeled m and an
arrow labeled F is shown pointing downwards. The height of the weights from the ground is labeled d.

Because the force (F') that opposes the action is equal to the mass (m) of the object times its acceleration (a), Equation 6.2.5 can be
rewritten to:

w=mad (6.2.6)
with w is work, m is mass, @ is acceleration, and d is distance.

Recall from that weight is a force caused by the gravitational attraction between two masses, such as you and Earth. Hence for
works against gravity (on Earth), e can be set to g = 9.8 m/s?). Consider the mechanical work required for you to travel from the
first floor of a building to the second. Whether you take an elevator or an escalator, trudge upstairs, or leap up the stairs two at a
time, energy is expended to overcome the opposing force of gravity. The amount of work done (w) and thus the energy required
depends on three things:

1. the height of the second floor (the distance d);
2. your mass, which must be raised that distance against the downward acceleration due to gravity; and
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3. your path.

Pressure-Volume (PV) Work

To describe this pressure—volume work (PV work), we will use such imaginary oddities as frictionless pistons, which involve no
component of resistance, and ideal gases, which have no attractive or repulsive interactions. Imagine, for example, an ideal gas,
confined by a frictionless piston, with internal pressure P and initial volume V; (Figure 6.2.6). If P,,; = P, the system is at
equilibrium; the piston does not move, and no work is done. If the external pressure on the piston (P,;) is less than Py, however,
then the ideal gas inside the piston will expand, forcing the piston to perform work on its surroundings; that is, the final volume (
V) will be greater than V;. If Py > Py, then the gas will be compressed, and the surroundings will perform work on the system.

]
iN b U ""-!e’:’
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(a) Py < Pint (b) Peyt = Piny

The three diagrams which represents the different cases show gaseos molecules shown as spheres in motion in an enclosed cylinder
with piston acting from above. The top diagram shows the equilibrium case while the two diagram below it shows cases where
external pressure is not equal to internal pressure.
Figure 6.2.6: PV Work demonstrated with a frictionless piston. () if the external pressure is less than Pj., the ideal gas inside the
piston will expand, forcing the piston to perform work on its surroundings. The final volume (V;) will be greater than V;. (b)

Alternatively, if the external pressure is greater than P;., the gas will be compressed, and the surroundings will perform work on
the system.

If the piston has cross-sectional area A, the external pressure exerted by the piston is, by definition, the force per unit area:

F
Pezt = Z (627)

The volume of any three-dimensional object with parallel sides (such as a cylinder) is the cross-sectional area times the height (Vv
= Ah). Rearranging Equation 6.2.7 to give

F=P.4,A (6.2.8)

and defining the distance the piston moves (d) as Ah, we can calculate the magnitude of the work performed by the piston by
substituting into Equation 6.2.5:

w=Fd = P,y AAh (6.2.9)

The change in the volume of the cylinder (AV) as the piston moves a distance d is AV = AAh, as shown in Figure 6.2.7.
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Vi Vi volume change

A cylinder containing an initial volume of fluid has a height labeled h subscript i and volume V subscript i. The following diagram
shows a compressed volume labeled V subscript f and height of fluid h subscript f. The diagram on the right shows the cylindrical
portion of fluid which represents the change in volume as a result of the piston pushing down. It has height of delta h and area A.

Figure 6.2.7: Work Performed with a change in volume. The change in the volume (AV) of the cylinder housing a piston is AV
= AAh as the piston moves. The work performed by the surroundings on the system as the piston moves inward is given by
Equation 6.2.10.

The PV work performed is thus
w = Py AV (6.2.10)

The units of work obtained using this definition are correct for energy: pressure is force per unit area (newton/m2) and volume has
units of cubic meters, so

w= (E) (AV) = newton x m® = newton - m = joule (6.2.11)
A ext m2

If we use atmospheres for P and liters for V, we obtain units of L-atm for work. These units correspond to units of energy, as shown
in the different values of the ideal gas constant R:

_ 0.08206L-atm  8.314J

= mol - K ~ mol-K (6212)
Thus 0.08206 L-atm = 8.314 J and 1 L-atm = 101.3 J.
a. How much work is done by a gas that expands from 2 liters to 5 liters against an external pressure of 750 mmHg?
b. How much work is done by 0.54 moles of a gas that has an initial volume of 8 liters and expands under the following
conditions: 30 °C and 1.3 atm?
c. How much work is done by a gas (P=1.7 atm, V=1.56 L) that expands against an external pressure of 1.8 atm?
Solution a
w=—PAV (6.2.13)
AV = Vinat — Vinstiat = 5L — 2L = 3L (6.2.14)
Convert 750 mmHg to atm:
750mmHg * 1/760(atm/mmHg) = 0.9868atm. (6.2.15)
W = —pAV = —(.9868 atm)(3 L) = —2.96 L atm. (6.2.16)
Solution b
First we must find the final volume using the ideal gas law:
pV =nRT (6.2.17)
or
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Ve nRT _ [(0.54 moles)(0.082057(L atm)/(mol K)) (303 K)] 10331 (6.2.18)
P 1.3atm
AV = Vyinat — Vinitiat = 10.3L —8L =23 L (6.2.19)
w=—pAV = —(1.3atm)(2.3L) = —3 Latm. (6.2.20)
Solution ¢
w=—pxAV\) = —(1.8atm) AV. (6.2.21)
Given p;, V4, and py, find Va: p; Vi = po V3 (at constant 7' and n)
Vo=WVi*P)/P,=(1.56 L * 1.7 atm)/ 1.8 atm = 1.47 L
Now,
AV =V, —V; =147L —1.56 L = —0.09 (6.2.22)
w = —(1.8atm) * (—0.09L) = 0.162Latm. (6.2.23)

Whether work is defined as having a positive sign or a negative sign is a matter of convention. Heat flow is defined from a system
to its surroundings as negative; using that same sign convention, we define work done by a system on its surroundings as having a
negative sign because it results in a transfer of energy from a system to its surroundings. This is an arbitrary convention and one
that is not universally used. Some engineering disciplines are more interested in the work done on the surroundings than in the
work done by the system and therefore use the opposite convention. Because AV > 0 for an expansion, Equation 6.2.10 must be
written with a negative sign to describe PV work done by the system as negative:

w = —Po AV (6.2.24)

The work done by a gas expanding against an external pressure is therefore negative, corresponding to work done by a system on
its surroundings. Conversely, when a gas is compressed by an external pressure, AV < 0 and the work is positive because work is
being done on a system by its surroundings.

A Matter of Convention

o Heat flow is defined from the system to its surroundings as negative
o Work is defined as by the system on its surroundings as negative

Suppose, for example, that the system under study is a mass of steam heated by the combustion of several hundred pounds of coal
and enclosed within a cylinder housing a piston attached to the crankshaft of a large steam engine. The gas is not ideal, and the
cylinder is not frictionless. Nonetheless, as steam enters the engine chamber and the expanding gas pushes against the piston, the
piston moves, so useful work is performed. In fact, PV work launched the Industrial Revolution of the 19th century and powers the
internal combustion engine on which most of us still rely for transportation.
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Figure 6.2.8: Work Is Not a State Function. In pathway A, the volume of a gas is initially increased while its pressure stays constant
(step 1). Its pressure is then decreased while the volume remains constant (step 2). Pathway B reverses these steps. Although (v3,
Py) and (Vs, P) are identical in both cases, the amount of work done (shaded area) depends on the pathway taken.

Two graphs are shown with pressure on the vertical axis and volume on the horizontal axis. Pathway A with arrow pointing right

then step 2 has arrow which points from the first arrow straight down. Pathway B has step 1 with arrow pointing straight down then

step 2 with an arrow pointing from step 1 straight to the right. The area in pathway A is encompassed by the two arrows. The area

in pathway B is found under the step 2 arrow.
In contrast to internal energy, work is not a state function. We can see this by examining Figure 6.2.8, in which two different, two-
step pathways take a gaseous system from an initial state to a final state with corresponding changes in temperature. In pathway A,
the volume of a gas is initially increased while its pressure stays constant (step 1); then its pressure is decreased while the volume
remains constant (step 2). In pathway B, the order of the steps is reversed. The temperatures, pressures, and volumes of the initial
and final states are identical in both cases, but the amount of work done, indicated by the shaded areas in the figure, is substantially
different. As we can see, the amount of work done depends on the pathway taken from (V1, P1) to (Va, P2), which means that work
is not a state function.

I Internal energy is a state function, whereas work is not.

Example 6.2.1: Internal Combustion Engine

A small high-performance internal combustion engine has six cylinders with a total nominal displacement (volume) of 2.40 L
and a 10:1 compression ratio (meaning that the volume of each cylinder decreases by a factor of 10 when the piston
compresses the air—gas mixture inside the cylinder prior to ignition). How much work in joules is done when a gas in one
cylinder of the engine expands at constant temperature against an opposing pressure of 40.0 atm during the engine cycle?
Assume that the gas is ideal, the piston is frictionless, and no energy is lost as heat.

Given: final volume, compression ratio, and external pressure

Asked for: work done

Strategy:
Calculate the final volume of gas in a single cylinder. Then compute the initial volume of gas in a single cylinder from the
compression ratio. Use Equation 6.2.24 to calculate the work done in liter-atmospheres. Convert from liter-atmospheres to
joules.

Solution:

A To calculate the work done, we need to know the initial and final volumes. The final volume is the volume of one of the
six cylinders with the piston all the way down: V¢ = 2.40 L/6 = 0.400 L. With a 10:1 compression ratio, the volume of the
same cylinder with the piston all the way up is V; = 0.400 L/10 = 0.0400 L. Work is done by the system on its surroundings,
so work is negative.
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w= —PETtAV
= —(40.0 atm)(0.400 L — 0.0400 L)
=—144L - atm

Converting from liter-atmospheres to joules,
w=—(14.4 L atm)[101.3 J/(L - atm)]
=-146x 1037

In the following exercise, you will see that the concept of work is not confined to engines and pistons. It is found in other
applications as well.

Exercise 6.2.1: Work to Breath

Breathing requires work, even if you are unaware of it. The lung volume of a 70 kg man at rest changed from 2200 mL to 2700
mL when he inhaled, while his lungs maintained a pressure of approximately 1.0 atm. How much work in liter-atmospheres
and joules was required to take a single breath? During exercise, his lung volume changed from 2200 mL to 5200 mL on each
in-breath. How much additional work in joules did he require to take a breath while exercising?

Answer

—0.500 L-atm, or —50.7 J; —304 J; if he takes a breath every three seconds, this corresponds to 1.4 Calories per minute (1.4
kcal).

Work and Chemical Reactions

We have stated that the change in energy (AU) is equal to the sum of the heat produced and the work performed. Work done by an
expanding gas is called pressure-volume work, (or just PV work). Consider, for example, a reaction that produces a gas, such as
dissolving a piece of copper in concentrated nitric acid. The chemical equatio