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Reaction
Energy
BIG IDEA
Energy is released or
absorbed in chemical
reactions. The tendency
in nature is for chemical
reactions to proceed in
the direction of the lowest
energy state.

ONLINE Chemistry
HMHScience.com

SECTION 2
Driving Force of Reactions

ONLINE LABS
Calorimetry and Hess’s Law
 Evaluating Fuels
 Energy in Foods
 S.T.E.M. A Burning Interest


GO ONLINE

Why It Matters Video
HMHScience.com

Reactions

(br) NASA; (c) ©Charles D. Winters

SECTION 1
Thermochemistry

Thermochemistry
Key Terms
thermochemistry
calorimeter
temperature
joule

heat
specific heat
enthalpy change
enthalpy of reaction

thermochemical equation
molar enthalpy of formation
enthalpy of combustion
Hess’s law

Virtually every chemical reaction is accompanied by a change in energy. The energy
absorbed or released, as light and heat for example, during a chemical reaction
is referred to as chemical energy, because it appears when a chemical reaction
occurs. Chemical energy is a form of potential energy, because it is energy a
substance has available to do work during a chemical reaction. Think of it in these
terms: a burning log is releasing energy as heat, but that energy was contained in
the chemical bonds of the log before it began to burn.
As chemical reactions usually absorb or release energy as heat, i.e., thermal
energy, we call the study of the transfers of energy as heat that accompany
chemical reactions and physical changes thermochemistry. It is a fundamental
law of science that energy can neither be created nor destroyed; it can only change
forms. This is the law of conservation of energy and serves as the basis for the
study of thermochemistry.
Main Idea

Temperature and heat are related but not identical.
The energy absorbed or released as heat in a chemical or physical change is
measured in a calorimeter. In one kind of calorimeter, known quantities of

Section 1
Main Ideas
Temperature and heat are
related but not identical.
Energy transfer varies from
reaction to reaction.
Heat energy is transferred
during a reaction.
Enthalpy of formation is the
energy change when elements
form one mole of a compound.
Compounds with large negative
heats of formation tend to be
stable.
Enthalpy changes in
combustion.
Change in enthalpy is calculated
using Hess’s law.
Hess’s Law can be used to
determine reaction enthalpies
not measurable directly.

reactants are sealed in a reaction chamber, which is immersed in a known
quantity of water in an insulated vessel. Therefore, the energy given off
(or absorbed) during the reaction is equal to the energy absorbed (or given
off) by the known quantity of water. The amount of energy is determined
from the temperature change of the known mass of water. Temperature
change is measured, because energy cannot be measured directly.
Temperature, however, which is affected by the transfer of energy as heat,
is directly measurable. To understand this, let us look at the definitions of
heat and temperature and at how temperature is measured.
Temperature is a measure of the average kinetic energy of the particles
in a sample of matter. The greater the kinetic energy of the particles in a

sample, the higher the temperature is and the hotter it feels. To assign a
numerical value to temperature, it is necessary to define a temperature
scale. For calculations in thermochemistry, we use the Celsius and Kelvin
scales. Celsius and Kelvin temperatures are related by the equation K =
273.15 + °C. For most calculations in this book, 273.15 is rounded to 273.
The ability to measure temperature is thus based on energy transfer.
The amount of energy transferred as heat is usually measured in joules.
A joule is the SI unit of heat as well as all other forms of energy. The joule,
abbreviated J, is derived from the units for mass, distance, and time.
kg × m2
 
J=_
 
s2
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Figure 1.1

Transfer of Energy The direction of energy transfer as heat is
determined by the temperature differences between the objects within
a system. The energy is transferred as heat from the hotter brass bar to

the cooler water. This energy transfer will continue until the bar and the
water reach the same temperature.

Heat can be thought of as the energy transferred between samples of
matter because of a difference in their temperatures. Energy transferred as

heat always moves spontaneously from matter at a higher temperature to
matter at a lower temperature. As shown in Figure 1.1, the temperature of
the cool water in the beaker increases as energy flows into it. Likewise,
the temperature of the hot brass bar decreases as energy flows away from
it. When the temperature of the water equals the temperature of the brass
bar, energy is no longer transferred as heat within the system.
Main Idea

Energy transfer varies from reaction to reaction.
The quantity of energy transferred as heat during a temperature change
depends on the nature of the material changing temperature, the mass of
the material changing temperature, and the size of the temperature
change. One gram of iron heated to 100.0°C and cooled to 50.0°C in a
calorimeter transfers 22.5 J of energy to the surrounding water. But one
gram of silver transfers 11.8 J of energy under the same conditions. The
difference depends on the metals’ differing capacities for absorbing this
energy. A quantity called specific heat can be used to compare heat
absorption capacities for different materials. Specific heat is the amount of
energy required to raise the temperature of one gram of a substance by one
degree Celsius (1°C) or one kelvin (1 K) (because the sizes of the degree
divisions on both scales are equal). Values of specific heat can be given in

units of joules per gram per degree Celsius, J/(g • °C), joules per gram per
kelvin, J/(g • K), or calories per gram per degree Celsius, cal/(g • °C).
Figure 1.2 gives the specific heats of some common substances. Notice the
extremely high specific heat of water, one of the highest of common
substances. This is why water plays such a crucial role in regulating
temperature.
510
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Figure 1.2



Specific Heats of Some Common Substances
at 298.15 K
Substance

Specific heat J/(g•K)

Water (l )

4.18

Water (s)

2.06

Water (g)

1.87

Ammonia (g )

2.09

Benzene (l )

1.74

Ethanol (l )

2.44

Ethanol (g)

1.42

Aluminum (s )

0.897

Calcium (s )

0.647

Carbon, graphite (s )

0.709

Copper (s )

0.385

Gold (s)

0.129

Iron (s )

0.449

Mercury (l )

0.140

Lead (s )

0.129

Specific heat is measured under constant pressure conditions, so its
symbol, cp, has a subscripted p as a reminder. In the equation, cp is the
specific heat at a given pressure, q is the energy lost or gained, m is the
mass of the sample, and ∆T represents the change in temperature.
q

 
cp = _
m × ∆T
This equation can be rearranged to give an equation that can be used to
find the quantity of energy gained or lost with a change in temperature.
Energy Lost or Gained

q = cp × m × ∆T
GO ONLINE
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Sample Problem A A 4.0-g sample of glass was heated from 274 K to
314 K, a temperature increase of 40. K, and was found to have absorbed
32 J of energy as heat.

Solve It! Cards
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a. What is the specific heat of this type of glass?
b. How much energy will the same glass sample gain when it is heated
from 314 K to 344 K?
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Specific Heat

(continued)

	Analyze

Given:

m = 4.0 g
∆T = 40. K
q = 32 J

Unknown:

a. cp = in J/(g • K) and b. q when ∆T = 344 K - 314 K
a. The specific heat, cp, of the glass is calculated using the equation
given for specific h
 eat.
q
cp = _
 
 
m × ∆T
b. The rearranged specific heat equation is used to find the energy
gained when the glass was heated.

	PLAN

q = cp × m × ∆T
Solve

32 J
a. c p = __   = 0.20 J/(g • K)
(4.0 g)(40. K)
0.20 J
b.  q = _ (4.0 g)(344 K - 314 K)
(g • K)
0.20 J
    q = _ (4.0 g)(30 K) = 24 J
(g • K)

	CHECK YOUR
WORK

The units combine or cancel correctly to give the specific heat in J/(g • K)
and the energy in J.

Answers in Appendix E

1. Determine the specific heat of a material if a 35-g sample absorbed 96 J as it was heated
from 293 K to 313 K.
2. If 980 kJ of energy are added to 6.2 L of water at 291 K, what will the final temperature of
the water be?

Main Idea

Heat energy is transferred during a reaction.
The energy absorbed as heat during a chemical reaction at constant
pressure is represented by ∆H. The H is the symbol for a quantity called
enthalpy. It is not practical to talk just about enthalpy as a quantity,
because we have no way to directly measure the enthalpy of a system.
Only changes in enthalpy can be measured. The Greek letter ∆ (“delta”)
stands for “change in.” Therefore, ∆H is read as “change in enthalpy.”
An enthalpy change is the amount of energy absorbed by a system as heat
during a process at constant pressure. The enthalpy change is always the

difference between the enthalpies of the products and the reactants.
The following equation expresses an enthalpy change for a reaction.
Enthalpy
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∆H = Hproducts - Hreactants

The enthalpy of reaction is the quantity of energy transferred as heat during a
chemical reaction. You can think of enthalpy of reaction as the difference

between the stored energy of the reactants and the products. Enthalpy of
reaction is sometimes called “heat of reaction.”

Enthalpy of Reaction in Exothermic Reactions
If a mixture of hydrogen and oxygen is ignited, water will form, and
energy will be released explosively. The released energy comes from the
reactants as they form products. Because energy is released, the reaction
is exothermic, and the energy of the product, water, must be less than the
energy of the reactants. The following chemical equation for this reaction
shows that when 2 mol of hydrogen gas at room temperature are burned,
1 mol of oxygen gas is consumed and 2 mol of water vapor are formed.
2H2(g) + O2(g) → 2H2O(g)
The equation does not tell you that energy is evolved as heat during the
reaction. Experiments have shown that 483.6 kJ of energy are evolved
when 2 mol of gaseous water are formed from its elements at 298.15 K.
Modifying the chemical equation to show the amount of energy as
heat released during the reaction gives the following expression.
2H2(g) + O2(g) → 2H2O(g) + 483.6 kJ
This expression is an example of a thermochemical equation, an equation that
includes the quantity of energy released or absorbed as heat during the
reaction as written. In any thermochemical equation, we must always

interpret the coefficients as numbers of moles and never as numbers of
molecules. The quantity of energy released as heat in this or any other
reaction depends on the amounts of reactants and products. The quantity
of energy as heat released during the formation of water from H2 and O2
is proportional to the quantity of water formed. Producing twice as
much water vapor would require twice as many moles of reactants and
would release 2 × 483.6 kJ of energy as heat, as shown in the following
thermochemical equation (which is simply the previous thermochemical
equation multiplied by two).
4H2(g) + 2O2(g) → 4H2O(g) + 967.2 kJ
Producing one-half as much water requires one-half as many moles of
  1  × 483.6 kJ. The
reactants and releases only one-half as much energy, or _
2
thermochemical equation for this reaction is as follows.
  1 O2(g) → H2O(g) + 241.8 kJ
H2(g) + _
2

Enthalpy of Reaction in Endothermic Reactions
The situation is reversed in an endothermic reaction—products have a
larger enthalpy than reactants. The decomposition of water vapor is
endothermic; it is the reverse of the reaction that forms water vapor. The
amount of energy as heat absorbed by water molecules to form hydrogen
and oxygen equals the amount of energy as heat released when the
elements combine to form the water. The equation changes accordingly.
Reaction Energy
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Figure 1.3

Enthalpy in Exothermic
Reactions In an exothermic chemical

Exothermic Reaction Pathway

reaction, the enthalpy change is negative
because energy is released into the system
as heat.

Reactants

Initial enthalpy

Interpret Data What is the
connection between the negative
ΔH and the slope of the red line in
the graph?

Enthalpy

CRitical thinking
∆H

Energy as
heat is evolved
∆H is
negative

Final enthalpy
Products
Course of reaction
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Endothermic and Exothermic
Reactions

So for an endothermic reaction, enthalpy now appears on the reactant
side of the thermochemical equation. However, it hasn’t changed value.
2H2O(g) + 483.6 kJ → 2H2(g) + O2(g)
The physical states of reactants and products must always be included in
thermochemical equations because they influence the overall amount of
energy as heat gained or lost. For example, the energy needed to decompose water would be greater than 483.6 kJ if we started with ice, because
extra energy would be needed to go from ice to liquid and then to vapor.

Thermochemical Equations
Thermochemical equations are usually written by designating the value
of ∆H, rather than by writing the energy as a reactant or product. For an
exothermic reaction, ∆H is always negative because the system loses
energy. So the thermochemical equation for the formation of 2 mol of
gaseous water would be written as
2H2(g) + O2(g) → 2H2O(g)  ∆H = –483.6 kJ
Figure 1.3 graphically shows the course of an exothermic reaction. The
initial enthalpy of the reactants is greater than the final enthalpy of the
products. This means energy as heat is evolved, or given off, during the
reaction; this is described as a negative enthalpy change.

For an endothermic reaction, ∆H is always positive because the
system gains energy. Thus, the endothermic decomposition of 2 mol of
gaseous water has the following thermochemical e quation.
2H2O(g) → 2H2(g) + O2(g)  ∆H = +483.6 kJ
514
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Figure 1.4

Enthalpy in Endothermic
Reactions In an endothermic

Endothermic Reaction Pathway

chemical reaction, the enthalpy
change is positive because energy
is absorbed into the system as
heat.

Enthalpy

Final enthalpy

Products

Energy as
heat is absorbed

∆H is
positive
∆H

Initial enthalpy

Reactants
Course of reaction

The course of an endothermic reaction is illustrated in Figure 1.4.
Since energy as heat is absorbed, the enthalpy of the reactants is lower
than the final enthalpy of the products, and ∆H is positive. In general,
when looking at all thermochemical equations, consider the following.
1. The coefficients in a balanced thermochemical equation represent
the numbers of moles of reactants and products and never the
numbers of molecules. They can be fractions when necessary.
2. The physical state of the product or reactant involved in a reaction
is an important factor and, therefore, must be included in the
thermochemical equation.
3. The change in enthalpy represented by a thermochemical equation
is directly proportional to the number of moles of substances
undergoing a change. For example, if 2 mol of water are decomposed, twice as much enthalpy, 483.6 kJ, is needed than for the
decomposition of 1 mol of water.
4. The value of the enthalpy change, ∆H, is usually not significantly
influenced by changing temperature.
Main Idea

Enthalpy of formation is the energy change when
elements form one mole of a compound.
The formation of water from hydrogen and oxygen is a composition
reaction—the formation of a compound from its elements in their standard form. Thermochemical data are often recorded as the enthalpies
of such composition reactions. The molar enthalpy of formation is the
enthalpy change that occurs when one mole of a compound is formed from
its elements in their standard state at 25ºC and 1 atm.

Reaction Energy
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To make comparisons meaningful, enthalpies of formation are given
for the standard states of reactants and products—these are the states
found at atmospheric pressure and, usually, room temperature
(298.15 K). Thus, the standard state of water is liquid, not gas or solid. The
standard state of iron is solid, not a molten liquid. To signify that a value
represents measurements on substances in their standard states, a 0 sign
is added to the enthalpy symbol, giving ∆H 0 for the standard enthalpy of
a reaction. Adding a subscript f, as in ∆H 0f, further indicates a standard
enthalpy of formation.
Some standard enthalpies of formation are given in Appendix
Table B–14. Each entry is the enthalpy of formation for the synthesis of
one mole of the compound from its elements in their standard states.
The thermochemical equation for each enthalpy of formation shows the
formation of one mole of the compound from its elements.
Main Idea

Compounds with large negative heats of formation
tend to be stable.
If a large amount of energy as heat is released when a compound is
formed, the compound has a large negative enthalpy of formation. Such
compounds are very stable.
Elements in their standard states are defined as having ∆H f0 = 0.
The ∆H f0of carbon dioxide is -393.5 kJ/mol of gas produced. Therefore,
carbon dioxide is more stable than the elements from which it was
formed. You can see in Appendix Table B–14 that the majority of the
enthalpies of formation are negative.
Compounds with relatively positive values of enthalpies of formation,
or only slightly negative values, are typically unstable. For example,
hydrogen iodide, HI, is a colorless gas that decomposes somewhat when
stored at room temperature. It has a relatively high positive enthalpy of
formation of +26.5 kJ/mol. As it decomposes, violet iodine vapor, I2,
becomes visible throughout the container of the gas.
Compounds with a high positive enthalpy of formation are sometimes
very unstable and may react or decompose violently. Mercury fulminate,
HgC2N2O2, has a very large enthalpy of formation of +270 kJ/mol. Its
instability makes it useful as a detonator for explosives.
Main Idea

Enthalpy changes in combustion.
Combustion reactions produce a large amount of energy in the form of
light and heat when a substance is combined with oxygen. The enthalpy
change that occurs during the complete combustion of one mole of a
substance is called the enthalpy of combustion of the substance. Enthalpy of

combustion is defined in terms of one mole of reactant, whereas the
enthalpy of formation is defined in terms of one mole of product.
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Figure 1.5

Combustion Calorimeter A weighed sample is ignited by an electric spark and
burned in the sample dish in an atmosphere of pure oxygen. The energy generated by the
combustion reaction warms the steel bomb and the water surrounding it. The thermometer
measures the initial and final temperatures of the water, and this temperature change is then
used to calculate the energy evolved by the reaction as heat.

CRitical thinking

Deduce What is the relationship
between calories as a measurement
of heat energy and the Calorie content
found in the food you eat?

Stirrer
Thermometer

Insulated
outside
container

Ignition wires

Water

Steel bomb
Sample dish

Steel
container

All substances are in their standard states. The general enthalpy notation,
∆H, applies to enthalpies of reaction, but the addition of a subscripted c,
∆Hc, refers specifically to enthalpy of combustion. A list of enthalpies of
combustion can be found in Appendix Table B–5. A combustion calorimeter is a common instrument used to determine enthalpies of combustion.
Figure 1.5 shows a fixed-volume calorimeter. A similar apparatus under
constant pressure is used to obtain enthalpy measurements.
Main Idea

Change in enthalpy is calculated using Hess’s law.
Thermochemical equations can be rearranged and added to give enthalpy
changes for reactions not included in the data tables. The basis for calculating enthalpies of reaction is known as Hess’s law: The overall enthalpy change
in a reaction is equal to the sum of enthalpy changes for the individual steps
in the process. The energy difference between reactants and products is

independent of the route taken to get from one to the other. In fact,
measured enthalpies of reaction can be combined to calculate enthalpies
of reaction that are difficult or impossible to actually measure.
To demonstrate how to apply Hess’s law, we will work through the
calculation of the enthalpy of formation for the formation of methane gas
from its elements. The calculation takes several steps.

Reaction Energy
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Our calculation will consider how methane gas, CH4, forms from its
elements, hydrogen gas and solid carbon (graphite), at 298.15 K (25°C).
C(s) + 2H2(g) → CH4(g) ∆H 0f= ?
In order to calculate the change in enthalpy for this reaction, we can use
the combustion reactions of the elements, carbon and hydrogen, and of
methane.
C(s) + O2(g) → CO2(g)
  1 O2(g) → H2O(l)
H2(g) + _
2
CH4(g) + 2O2(g) → CO2(g) + 2H2O(l)

∆H 0c = -393.5 kJ
∆H 0c  = -285.8 kJ
∆H 0c = -890.8 kJ

The general principles for combining thermochemical equations follow.
1. If a reaction is reversed, the sign of ∆H is also reversed.
2. Multiply the coefficients of the known equations so that, when added
together, they give the desired thermochemical equation. Multiply the
∆H by the same factor as the corresponding equation.
In this case, we must reverse the combustion equation for methane and
remember to change the sign of ∆H from negative to positive. This
will change the exothermic reaction to an endothermic one.
CO2(g) + 2H2O(l) → CH4(g) + 2O2(g)  ∆H0 = +890.8 kJ
Now we notice that 2 moles of water are used as a reactant; therefore,
2 moles of water will be needed as a product. Remember that mass is
conserved in chemical reactions. In the combustion reaction for hydrogen as it is written, it only produces one mole of water. We must multiply
the coefficients of this combustion reaction and the value of ∆H by 2 in
order to obtain the desired quantity of w
 ater.
2H2(g) + O2(g) → 2H2O(l)  ∆H 0c  = 2(-285.8 kJ)
We are now ready to add the three equations together using Hess’s law to
give the enthalpy of formation of methane and the balanced equation.
C(s) + O2(g) → CO2(g)

∆H 0c = -393.5 k J

2H2(g) + O2(g) → 2H2O(l)

∆H 0c = 2(-285.8 kJ)

CO2(g) + 2H2O(l) → CH4(g) + 2O2(g)

∆H0 = +890.8 kJ

C(s) + 2H2(g) → CH4(g)

∆H 0f= -74.3 kJ

Hess’s law says that the enthalpy difference between reactants and
products is independent of pathway. Therefore, any enthalpy of reaction
may be calculated using enthalpies of formation for all the substances in
the reaction of interest, without knowing anything else about how the
reaction occurs. Mathematically, the overall equation for enthalpy change
will be in the form of the equation shown below.
Total Enthalpy Change
∆H0 = sum of [(∆H 0fof products) × (mol of products)] sum of [(∆H 0fof reactants) × (mol of reactants)]
An example using Hess’s law is shown in Sample Problem B.
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Enthalpy of Reaction
Sample Problem B Calculate the enthalpy of reaction for the
combination of methane and oxygen to form ethenone, CH2CO, and
water, as given in the following equation.
2CH4(g) + 2O2(g) → CH2CO(g) + 3H2O
Use the following two reactions and enthalpy data to make your calculation.
CH2CO(g) + 2O2(g) → 2CO2(g) + H2O(g)  ∆H = - 981.1 kJ
CH4(g) + 2O2(g) → CO2(g) + 2H2O(g)  ∆H = - 802.3 kJ
	Analyze

Given:

CH2CO(g) + 2O2(g) → 2CO2(g) + H2O(g)  ∆H = -981.1 kJ
CH4(g) + 2O2(g) → CO2(g) + 2H2O(g)  ∆H = -802.3 kJ

Unknown:
	PLAN

∆H0 2CH4(g) + 2O2(g) → CH2CO(g) + 3H2O

∆H can be found by adding all the ∆H values of the component reactions
as specified in Hess’s law. The desired equation has 2CH4 and 2O2(g) as
reactants and CH2CO and 3H2O as the products.
2CH4(g) + 2O2(g) → CH2CO(g) + 3H2O(g)
We need an equation with CH4 as a product. The first reaction for the combustion of CH4 has CH4 reacting with O2 to give CO2 and 2H2O.
CH4(g) + 2O2(g) → CO2(g) + 2H2O(g)  ∆Hc0= -802.3 kJ
The other equation should have CH2CO and H2O as products, so we can
reverse the second equation for the formation of H2O and CO2 from CH2CO
and O2.
2CO2(g) + H2O(l ) → CH2CO(g) + 2O2(g)  ∆H0 = +981.1 kJ

Solve

2CO2(g) + H2O(g) → CH2CO(g) + 2O2(g)
2CH4(g) + 4O2(g) → 2CO2(g) + 4H2O(g)
2

2CO2(g) + H2O(g) + 2CH4(g) + 4O2(g) →
3
CH2CO(g) + 2O2 (g) + 2CO2(g) + 4H2O(g)
2CH4(g) + 2O2(g) → CH2CO(g) + 3H2O(g)
-(-981.1 kJ)
+(2 × -802.3 kJ)
-623.5 kJ
Note the multiplication by 2, the cancellation of O2 and CO2, and the partial
cancellation of H2O.

Continued
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Enthalpy of Reaction
	CHECK YOUR
WORK

(continued)

The desired equation is obtained when the two equations are added. 
The enthalpy of reaction also can be calculated from the enthalpies of formation of the
reactants and products as described in the following word equation.
∆H0 = sum of [(∆H 0fof products) × (mol of products)] - sum of
[(∆H 0fof reactants) × (mol of reactants)]
Evaluate your solution by considering if the correct units, kilojoules, were used
consistently. Rules for adding and rounding measurements give a solution with four
significant figures, which the calculated answer contains. Double-check that the
unnecessary reactants and products canceled correctly and that the equation multiplied
by 2 had all values adjusted appropriately. Finally, check the reasonableness of the
answer by rounding the values and approximating the answer.
-1600 kJ + 1000 kJ = -600 k J
-600 KJ is a reasonable approximation.

Answers in Appendix E

1. Calculate the ∆H for the reaction of fluorine gas, F2(g) with H2O(l ) water to form 2HF(g) and O2(g).
2. Carbon occurs in two distinct forms. It can be the soft, black material found in pencils and
lock lubricants, called graphite, or it can be the hard, brilliant gem we know as diamond.
Calculate ∆H0 for the conversion of graphite to diamond for the following reaction.
Cgraphite(s) → Cdiamond(s)
The combustion reactions you will need follow.
Cgraphite(s) + O2(g) → CO2(g)

∆H 0c  = -394 kJ

Cdiamond(s) + O2(g) → CO2(g)

∆H 0c  = -396 kJ

Main Idea

Hess’s law can be used to determine reaction
enthalpies not measurable directly.
When carbon is burned in a limited supply of oxygen, carbon monoxide
is produced. In this reaction, carbon is probably first oxidized to carbon
dioxide. Then part of the carbon dioxide is reduced with carbon to give
some carbon monoxide. Because these two reactions occur simultaneously and we get a mixture of CO and CO2, it is not possible to directly
measure the enthalpy of formation of CO(g) from C(s) and O2(g).
1  O (g) → CO(g)  ∆H 0= ?
C(s) +  _
f
2 2
However, we do know the enthalpy of formation of carbon dioxide and
the enthalpy of combustion of carbon monoxide.
C(s) + O2(g) → CO2(g)  ∆H 0f= -393.5 kJ/mol
CO(g) + _
  1 O2(g) → CO2(g)  
∆H 0c  = -283.0 kJ/mol
2
We reverse the second equation because we need CO as a product.
Adding gives the desired enthalpy of formation of carbon monoxide.
C(s) + O2(g) → CO2(g)   ∆H0 = -393.5 kJ
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CO2(g) → CO(g) + _
  1 O2(g) ∆H0 = +283.0 kJ
2
C(s) + _
  1 O2(g) → CO(g)   
∆H 0f= -110.5 kJ
2

Figure 1.6

Enthalpy of a Two-Step Reaction This diagram shows the
enthalpy of reaction for carbon dioxide, CO2, and carbon monoxide, CO.
Enthalpies of Reaction
C(s) + O2 (g)

0 kJ
H = -110.5 kJ

CO(g) + O 2 (g)

H = -283.0 kJ
H = +283.0 kJ
CO 2 (g)
-393.5 kJ

Look closely at Figure 1.6. This diagram is a model for a reaction that
takes place in two distinct steps. If we plot the reactions based on their
relative energy, you can see the relationship among the values obtained
for the enthalpy of formation of carbon monoxide. The formation of CO2
is plotted at a level corresponding to ‑393.5 kJ/mol. The diagram shows
the reverse of the combustion reaction (+283.0 kJ/mol) is added to that
mc06se_c16000059a
level. From the diagram, you see the difference between the two. This
1st pass
represents the formation of CO. The value of this is ‑110.5 kJ/mol.

0916/04
cathy Murphy
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Sample Problem C Calculate the enthalpy of formation of ethyne
(acetylene), C2H2, using the information on enthalpies of formation in
Appendix Table B–14 and the information on enthalpies of combustion in
Appendix Table B–5. Solve by combining the known thermochemical
equations.
	Analyze

Given:

Unknown:

C(s) + O2(g) → CO2(g)
H2(g) + _
  1 O2(g) → H2O(l)
2
C5H2(g) + _
  5 O2(g) → 2CO2(g) + H2O(l)
2
∆H 0f for 2C(s) + H2(g) → C2H2(g)

∆H 0f= -393.5 kJ
∆H 0f= -285.8 kJ
∆H 0c = -1301.1 kJ

Continued
Reaction Energy
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Enthalpy of Formation

(continued)

Combine the given equations according to Hess’s law. We need C2H2 as a
product, so we reverse the equation for combustion of C2H2 and the sign for
∆H c0. Multiply the equation for formation of CO2 by 2 to give 2C as a reactant.

	PLAN

∆H0 = 2(-393.5 kJ)

2C(s) + 2O2(g) → 2CO2(g)
H2(g) + _
  1 O2(g) → H2O(l)
2
2CO2(g) + H2O(l) → C2H2(g) + _
  5 O2(g)
2

Solve

∆H0 = -285.8 kJ
∆H0 = +1301.1 kJ
∆H 0f = +228.3 kJ

2C(s) + H2(g) → C2H2(g)
	CHECK YOUR
WORK

The unnecessary reactants and products cancel to give the correct equation.

Answers in Appendix E

1. Calculate the enthalpy of formation of butane, C4H10, using the balanced chemical
equation and information in Appendix Table B–5 and Table B–14. Write out the solution
according to Hess’s law.
2. Calculate the enthalpy of combustion of 1 mol decane, C10H22(l), to form CO2 and H2O. ∆H 0f
for decane is -300.9 kJ/mol using the balanced chemical equation and Appendix Table B–14.
3. Calculate the enthalpy of formation for sulfur dioxide, SO2, from its elements, sulfur and
oxygen. Use the balanced chemical equation and the following information.
S(s) + _
  3 O2(g) → SO3(g)        ∆H 0c  = -395.2 kJ
2
2SO2(g) + O2(g) → 2SO3(g)   ∆H 0 = -198.2 kJ

Section 1 Formative ASSESSMENT
Reviewing Main Ideas
1. What is meant by enthalpy change?
2. What is meant by enthalpy of reaction?
3. Describe the relationship between a compound’s
stability and its enthalpy of formation.
4. What is the importance of Hess’s law to
thermodynamic c alculations?
5. How much energy would be absorbed as heat by
75 g of iron when heated from 295 K to 301 K
 ?
6. A hot, just-minted copper coin is placed in 101 g
of water to cool. The water temperature changes
by 8.39°C, and the temperature of the coin
changes by 68.0°C. What is the mass of the coin?

522

Chapter 16

Critical Thinking
7. INTEGRATING CONCEPTS Isooctane
(C8H18) is a major component of gasoline.
a. Using the following thermodynamic data,
calculate the change in enthalpy for the
combustion of 1.0 mol of isooctane.
H2(g) + _
  1 O2(g) → H2O(g) ∆H  0 = ‑241.8 kJ
2
C(s) + O2(g) → CO2(g) ∆H  0 = ‑393.5 kJ
8C(s) + 9H2(g) → C8H18(l) ∆H  0 = -224.13 kJ
b. One gallon of isooctane has a mass of 2.6 kg.
What is the heat of (enthalpy of ) combustion
of one gallon of this compound?

why it matters

Energy Density
of Fuels

H

ow much energy is in your gas tank? As you know,
enthalpy of reaction, ∆H, is a measure of energy
released or absorbed in the course of a chemical
reaction. It would seem, then, that ignoring all other factors,
the best fuel would be the one with the most negative ∆H.
It’s not that simple. Other factors, such as if burning the
fuels produces toxins or greenhouse gases, cannot be
ignored. Also confusing are the different ways in which ∆H
is measured and the units in which it is reported. Energy of
combustion is often expressed as energy density, or the
amount of energy that can be extracted from a given amount
of matter. When it is important to minimize the mass of fuel,
energy densities are compared in units of MJ/kg. When
volume of fuel is a concern, comparisons are made in units
of MJ/L. Almost any fuel can be made to look like the best
source if you aren’t paying close attention.
The table compares fuels in three different ways. The kJ/
mol column shows ∆H for the reactions that release the
energy of each fuel. The second and third columns show two
ways of expressing energy density.

Enthalpies of Combustion

©Jim West/Alamy

Fuel

MJ/kg

MJ/L

kJ/mol

Hydrogen

142

0.010

286

Methane

56

0.036

889

Gasoline

44

32.4

∼ 5,000

Coal

∼ 30

∼ 39

∼ 1,390

Ethanol

26.4

20.6

1,366

Methane and hydrogen compare favorably with gasoline in
terms of energy released for a given mass of fuel. Methane
and hydrogen, however, are gases, and gasoline is a liquid.
The low densities of gases explain why the values in the
MJ/L are so low for methane and hydrogen. These fuels
must be compressed or liquefied to store a useful amount of

energy in a reasonable volume. This isn’t practical for the
gas tank of a vehicle.
A comparison of ethanol and gasoline is more useful. The
table shows that gasoline appears to be better than ethanol
in terms of energy density and enthalpy of combustion.
Ethanol, however, is a renewable resource because it can be
produced from plants grown on farms. Comparing two fuels
is complex and at times controversial.
Clearly, there are considerations other than energy density
that need to be taken into account. There is no clear
consensus on how to compare fuels, but here are some
questions you can ask:
•
•
•
•
•
•

Are the combustion products hazardous?
How much energy is used in producing each fuel?
How does each fuel affect vehicle engine performance?
Who benefits financially from production of the fuel?
Why is the choice of fuel politically controversial?
Is it ethical to take land out of food production when
people are starving in other countries?

Questions
1. How does coal compare with gasoline in energy per liter
and energy per kilogram? Why?
2. Which fuels listed in the table produce greenhouse
gases, and why?
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Section 2
Main Ideas
Reactions generally move to a
lower-energy state.
Entropy measures randomness
in a system.
Free-energy changes determine
if a reaction is spontaneous.

Driving Force of
Reactions
Key Terms
entropy

free energy

free-energy change

The change in energy of a reaction system is one of two factors that allow chemists
to predict whether a reaction will occur spontaneously and to explain how it
occurs. The randomness of the particles in a system is the second factor affecting
whether a reaction will occur spontaneously.
Main Idea

Reactions generally move to a lower-energy state.
The great majority of chemical reactions in nature are exothermic. As
these reactions proceed, energy is liberated, and the products have less
energy than the original reactants. The products are also more resistant
to change, more stable, than the original reactants. In nature, reactions
tend to proceed in a direction that leads to a lower-energy state.
But can endothermic reactions, ones in which energy is absorbed and
products are less stable than the original reactants, occur spontaneously?
We might expect this only with the assistance of an outside influence,
such as continued heating. However, some endothermic reactions do
occur spontaneously. Thus, we can conclude that something other than
enthalpy change must help determine whether a reaction will occur.
Main Idea

Entropy measures randomness in a system.
A naturally occurring endothermic process is melting. An ice cube melts
spontaneously at room temperature as energy is transferred from the
warm air to the ice. The well-ordered arrangement of water molecules in
the ice crystal is lost, and the less-ordered liquid phase of higher energy
content is formed. A system that can go from one state to another without
a decrease in enthalpy does so with an increase in entropy.
Look at the physical states of the reactants in the chemical equation
for the decomposition of ammonium nitrate.
2NH4NO3(s) → 2N2(g) + 4H2O(l ) + O2(g)
On the left side are 2 mol of solid ammonium nitrate. The right side of the
equation shows 3 mol of gaseous molecules plus 4 mol of a liquid. The
arrangement of particles on the right side of the equation is more random
than the arrangement on the left side of the equation and hence is less
ordered. Figures 2.1a and 2.1b show the reactant and products of this
decomposition reaction.
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Figure 2.1

Decomposition and Entropy
When ammonium nitrate, NH4NO3,
decomposes, the entropy of the
reaction system increases as (a) one
solid reactant becomes (b) three
products: N2(g), H2(g), H2O(l ).
critical thinking
Explain Why does adding energy to
a system increase its entropy?

(a) The ammonium nitrate starts as
a solid.

(b) It becomes two gaseous products
and one liquid product.

There is a tendency in nature to proceed in a direction that increases
the randomness of a system. A random system is one that lacks a regular
arrangement of its parts. This tendency toward randomness is called
entropy. Entropy, S, can be defined in a simple qualitative way as a measure of
the degree of randomness of the particles, such as molecules, in a system. To
understand the concept of entropy, consider solids, liquids, and gases. In
a solid, the particles are fixed in position in their small regions of space,
but they are vibrating back and forth. Even so, we can determine with fair
precision the location of the particles. The degree of randomness is low,
so the entropy is low. When the solid melts, the particles are still very
close together, but they can move about somewhat. The system is more
random, it is more difficult to describe the location of the particles, and
the entropy is higher. When the liquid evaporates, the particles are
moving rapidly and are much farther apart. Locating an individual
particle is more difficult, the system is much more random, and the
entropy of the gas is higher than that of the liquid. A general rule is that
the entropy of liquids is greater than that of solids and the entropy of
gases is greater than that of liquids.
The entropy of a pure crystalline solid at absolute zero is zero. As
energy is added, the randomness of the molecular motion increases.
Measurements of energy absorbed and calculations are used to determine the absolute entropy or standard molar entropy, and values are
then recorded in tables. These molar values are reported as kJ/(mol • K).
Entropy change, which can also be measured, is defined as the difference
between the entropy of the products and the reactants. Therefore, an
increase in entropy is represented by a positive value for ∆S, and a
decrease in entropy is represented by a negative value for ∆S.
The process of forming a solution almost always involves an increase
in entropy because there is an increase in randomness. This is true for
mixing gases, dissolving a liquid in another liquid, and dissolving a solid
in a l iquid.

Reaction Energy
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Figure 2.2 illustrates the entropy change that takes place

Figure 2.2

Mixtures and Entropy When a solid dissolves in a
liquid, the entropy of the system increases.
Water molecule

Sugar
molecules
Low entropy
(a) The solid sugar has low entropy.
Sugar molecules

when solid sugar is dissolved in tea (an aqueous solution). In
the sugar-water system shown in Figure 2.2a, the solid sugar
has just been added to the tea, but most of it has not yet
dissolved. The entropy is low because the majority of the
sugar molecules are in one region at the bottom of the pitcher
and the majority of the water molecules can be found everywhere else in the pitcher. After the sugar dissolves in the tea,
shown in Figure 2.2b, the sugar molecules are thoroughly
mixed throughout the tea solution. Sugar molecules and
water molecules might be found anywhere in the solution, so
the entropy, the randomness, of the system increases. This
would give ∆S a positive value for this solid-liquid system.
You can imagine the same series of events happening for a
system of gases mixing with each other or a system of liquids
mixing. In each case, ∆S would have a positive value once the
solution was formed.
Main Idea

Free-energy changes determine if a
reaction is spontaneous.

Water
molecule

Processes in nature are driven in two directions: toward least
enthalpy and toward greatest entropy. When these two
oppose each other, the dominant factor determines the
direction of change. As a way to predict which factor will
dominate for a given system, a function has been defined to
relate the enthalpy and entropy factors at a given temperature
and constant pressure. This combined enthalpy-entropy function is called the
free energy, G, of the system; it is also called Gibbs free energy. This function
simultaneously assesses the tendencies for enthalpy and entropy to
change. Natural processes proceed in the direction that lowers the free
energy of a s ystem.

High entropy
(b) T
 he entropy increases as the
sugar molecules dissolve.

Only the change in free energy can be measured. It can be defined in
terms of changes in enthalpy and entropy. At a constant pressure and
temperature, the free-energy change, ∆G, of a system is defined as the
difference between the change in enthalpy, ∆H, and the product of the Kelvin
temperature and the entropy change, which is defined as T∆S.
Free Energy Change

∆G 0 = ∆H 0 - T∆S 0

Note that this expression is for substances in their standard states.
The product T∆S and the quantities ∆G and ∆H have the same units,
usually kJ. The units of ∆S for use in this equation are usually kJ/K.
If ∆G < 0, the reaction is spontaneous.
∆H and ∆S in the free-e nergy equation can have positive or negative
values. This leads to four possible combinations of terms.
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Figure 2.3 shows that if ∆H is negative and ∆S is positive, then both

terms on the right in the free-energy equation are negative. Both factors
contribute to the process being spontaneous. Therefore, ∆G will always
be negative, and the reaction is definitely spontaneous. On the other
hand, if ∆H is positive (endothermic process) and ∆S is negative (decrease in randomness), then the reaction, as written, is not spontaneous.
When the enthalpy and entropy changes are operating in different
directions, sometimes one will predominate, and sometimes the other
will predominate. There are reactions in which the enthalpy change is
negative and the entropy change is negative. The enthalpy factor leads to
a spontaneous process, but the negative entropy change opposes this.
This is true in the following reaction. The entropy decreases because
there is a decrease in moles of gas.
C2H4(g) + H2(g) → C2H6(g)
There is a fairly large decrease in entropy, ∆S0 = -0.1207 kJ/(mol • K).
However, the reaction is strongly exothermic, with ∆H0 = -136.9 kJ/mol.
The reaction proceeds at 298 K because the enthalpy term predominates.
∆G0 = ∆H0 - T∆S0 = -136.9 kJ/mol - 298 K[-0.1207 kJ/(mol • K)]
= -100.9 kJ/mol

Diamonds Are
Forever?
Carbon occurs in different forms,
two of which are graphite and
diamond. Using thermodynamic
data, the change in free energy for
diamond converting to graphite under
standard thermodynamic conditions
is -3 kJ/mol. That is, since ∆G is
negative for this reaction, diamond
should spontaneously change to
graphite at 25ºC and 1 atm. So why
doesn’t all of our diamond jewelry
change to graphite? The reaction
rate is too slow for this spontaneous
change to be observed. Therefore, at
25ºC and 1 atm, although diamonds
are not “forever,” they will last a very
long time.

We can contrast this with the common commercial process for the
manufacture of syngas, a mixture of CO and H2. (This gas mixture is the
starting point for the synthesis of a number of large-volume commercial
chemicals, such as methanol, CH3OH.)
CH4(g) + H2O(g) → CO(g) + 3H2(g)
This reaction is endothermic, with ∆H0 = +206.1 kJ/mol and
∆S0 = +0.215 kJ/(mol • K), at standard conditions. The resulting ∆G is
positive at room temperature. This tells us that the reaction will not occur
at room temperature even though the entropy change is f avorable.
∆G0 = ∆H0 - T∆S0 = +206.1 kJ/mol - 298 K[+0.215 kJ/(mol • K)]
= +142.0 kJ/mol
Figure 2.3

Relating Enthalpy, Entropy, and Free-Energy
Changes to Reaction Occurrence
∆H

∆S

∆G

- value
(exothermic)

+ value
(more random)

always negative

- value
(exothermic)

- value
(less random)

negative at lower
temperatures

+ value
(endothermic)

+ value
(more random)

negative at higher
temperatures

+ value
(endothermic)

- value
(less random)

never negative

Reaction Energy
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Sample Problem D For the reaction NH4Cl(s) → NH3(g) + HCl(g),
at 298.15 K, ∆H0 = 176 kJ/mol, and ∆S0 = 0.285 kJ/(mol • K). Calculate
∆G0, and tell whether this reaction is spontaneous in the forward
direction at 298.15 K.
	Analyze

Given:

∆H0 = 176 kJ/mol at 298.15 K
∆S0 = 0.285 kJ/(mol • K) at 298.15 K

Unknown:

∆G0 at 298.15 K
∆S, ∆H, T → ∆G

	PLAN

The value of ∆G can be calculated according to the following equation.
∆G0 = ∆H0 - T∆S0

	Solve

∆G0 = 176 kJ/mol - 298 K [0.285 kJ/(mol • K)]
∆G0 = 176 kJ/mol - 84.9 kJ/mol
∆G0 = 91.1 kJ/mol
CHECK YOUR
WORK

The answer is reasonably close to an estimated value of 110, calculated as
200 - (300 × 0.3). The positive value of ∆G shows that this reaction does not
occur spontaneously at 298.15 K.

Answers in Appendix E

1. For the vaporization reaction Br2(l) → Br2(g), ∆H0 = 31.0 kJ/mol, and
∆S0 = 93.0 J/(mol • K). At what temperature will this process be s pontaneous?

Section 2 Formative ASSESSMENT
Reviewing Main Ideas
1. What kind of enthalpy change favors a
spontaneous r eaction?
2. What is entropy, and how does it relate to
spontaneity of reactions?
3. List several changes that result in an entropy
i ncrease.
4. Define free energy, and explain how its change
is c alculated.
5. Explain the relationship between free-energy
change and spontaneity of reactions.
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6. In the reaction i n Sample Problem D, why does
the entropy increase?

Critical Thinking
7. APPLYING MODELS Most biological
enzymes become denatured when they
are heated and lose their ability to
catalyze reactions. This process
(original enzyme → denatured enzyme) is
endothermic and spontaneous. Which structure,
the original enzyme or the denatured enzyme,
is more ordered? Explain your reasoning using
thermodynamic concepts.

Math Tutor

Hess’s Law

You may have seen a popular comic strip in which a little boy
takes a long, twisting path between the school-bus stop and
home. No matter which path the boy takes, the result is always
the same: He goes from the bus stop to the door of his house.
Hess’s law covers a similar situation in thermochemistry. No
matter which or how many steps occur in the process of

changing one or more substances into one or more other
substances, the overall change in enthalpy is always the same.
Hess’s law can be used, for example, to predict the enthalpy
change, ∆H 0, of a reaction without actually carrying out the
reaction.

Sample Problem
Determine ∆H for the burning of carbon disulfide in oxygen.
CS2(l) + 3O2(g) → CO2(g) + 2SO2(g); ∆H0 = ?
Use the following information:
C(s) + O2(g) → CO2(g)

∆H 0f = -393.5 kJ/mol

S(s) + O2(g) → SO2(g)

∆H 0f = -296.8 kJ/mol

C(s) + 2S(s) → CS2(l)

∆H 0f = 87.9 kJ/mol

Rearrange the given equations in a way that will put the reactants of the above
equation on the left and the products on the right.
1. C(s) + O2(g) → CO2(g)
∆H 0f = -393.5 kJ/mol
2. 2S(s) + 2O2(g) → 2SO2(g) ∆H 0 = 2(-296.8 kJ)
3. CS2(l) → C(s) + 2S(s)
∆H 0 = -87.9 kJ
SUM: CS2(l) + 3O2(g) → CO2(g) + 2SO2(g)
Notice that equation 2 is double the original equation S(s) + O2(g) → SO2(g). The reason for this is that
2SO2 are needed on the product side to match the 2SO2 in CS2(l) + 3O2(g) → CO2(g) + 2SO2(g). The third
equation is the reverse of the original, putting CS2 on the reactant side of the final equation. The sign of ∆H
is likewise reversed. The value of ∆H 0 is the sum of the ∆H 0 values for the three added equations.
∆H 0 = -393.5 kJ + 2(-296.8 kJ) + (-87.9 kJ)
∆H 0 = -1075.0 kJ
Answers in Appendix E

1. Calculate ∆H 0 for the complete oxidation of sulfur to sulfur trioxide.
3 O (g) → SO (g)
S(s) + _
3
2 2
Use the following information.
S(s) + O2(g) → SO2(g)
∆H 0f = -296.8 kJ/mol
1 O (g) → SO (g)
SO2(g) + _
∆H = -99.2 kJ/mol
3
2 2
2. Calculate ∆H 0 for the reaction in which zinc sulfide ore is roasted to obtain zinc oxide.
3 O (g) → ZnO(s) + SO (g)
ZnS(s) + _
2
2 2
Use the following information.
1 O (g) → ZnO(s) ∆H 0 = -348.0 kJ/mol
Zn(s) + _
f
2 2
Zn(s) + S(s) → ZnS(s)
∆H 0f = -203.0 kJ/mol
S(s) + O2(g) → SO2(g)

∆H 0f = -296.8 kJ/mol
Math Tutor
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SECTION 1

Summary

BIG IDEA Energy is released or absorbed in
chemical reactions. The tendency in nature
is for chemical reactions to proceed in the
direction of the lowest energy state.

Thermochemistry

• Thermochemistry is the study of the changes in energy that accompany
chemical reactions and physical changes.
• A thermochemical equation is an equation that includes the quantity of
energy released or absorbed in addition to the reactants and products.
• An enthalpy change is the amount of energy absorbed as heat by a system
in a process carried out at constant pressure.
• The enthalpy of reaction is the enthalpy change that occurs during a
chemical reaction.
• The enthalpy change is negative for exothermic reactions and positive for
endothermic reactions.
• Compounds with highly negative enthalpies of formation tend to be stable;
compounds with highly positive or only slightly negative enthalpies of
formation tend to be unstable.

KEY TERMS

thermochemistry
calorimeter
temperature
joule
heat
specific heat
enthalpy change
enthalpy of reaction
thermochemical equation
molar enthalpy of formation
enthalpy of combustion
Hess’s law

• The standard molar enthalpy of formation is the enthalpy change that
occurs when one mole of a compound is formed from its elements in their
standard states at 25°C and 1 atm.
• The enthalpy change that occurs in a combustion reaction is called the
enthalpy of combustion.
• Enthalpies of reaction can be calculated by using enthalpies of formation of
reactants and products.

SECTION 2

Driving Force of Reactions

• The tendency throughout nature is for a reaction to proceed in the direction
that leads to a lower energy state and higher entropy (or disorder).
• Entropy is a measure of the randomness of a system.
• Free-energy change combines the effects of entropy and enthalpy changes
and temperature of a system, and it is a measure of the overall tendency
toward natural change.
• A reaction is spontaneous if it is accompanied by a decrease in free energy.
It is not spontaneous if there is an increase in free energy.

530

Chapter 16

KEY TERMS

entropy
free energy
free-energy change

CHAPTER 16

Review

SECTION 1

Thermochemistry
REVIEWING MAIN IDEAS
1. How does the enthalpy of the products of a reaction
system compare with the enthalpy of the reactants
when the reaction is
a. endothermic?
b. exothermic?
2. a. Distinguish between enthalpies of reaction,
formation, and combustion.
b. On what basis are enthalpies of formation and
combustion defined?
3. Write the equation that can be used to calculate the
enthalpy of reaction from enthalpies of formation.
4. What does the law of conservation of energy state?
5. State Hess’s law. How is it used?
6. Describe a combustion calorimeter.
What information can it give?

PRACTICE PROBLEMS
7. How much energy is needed to raise the temperature
of a 55 g sample of aluminum from 22.4°C to 94.6°C?
Refer to Figure 1.2 for the specific heat of aluminum.
(Hint: See Sample Problem A.)
8. If 3.5 kJ of energy are added to a 28.2 g sample of iron
at 20.°C, what is the final temperature of the iron in
kelvins? The specific heat of iron is 0.449 J/(g • K).
9. You need 70.2 J to raise the temperature of an
unknown mass of ammonia, NH3(g), from 23.0°C to
24.0°C. If the specific heat of ammonia is 2.09 J/(g • K),
calculate the unknown mass of ammonia.
10. Calculate cp for indium metal, given that 1.0 mol In
absorbs 53 J while increasing in temperature from
297.5 K to 299.5 K.
11. For each equation listed below, determine the ∆H
and type of reaction (endothermic or exothermic).
a. C(s) + O2(g) → CO2(g) + 393.51 kJ
b. CH4(g) + 2O2(g) →
CO2(g) + 2H2O(l ) + 890.31 kJ
c. CaCO3(s) + 176 kJ → CaO(s) + CO2(g)
d. H2O(g) → H2O(l ) + 44.02 kJ
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12. Rewrite each equation below with the ∆H value
included with either the reactants or the products,
and identify the reaction as endothermic or
exothermic.
1 O (g) → H O(l );
a. H2(g) + _
2
2 2
0
∆H = -285.8 kJ
b. 2Mg(s) + O2(g) → 2MgO(s);
∆H 0 = -1200 kJ
c. I2(s) → I2(g); ∆H0 = +62.4 kJ
d. 3CO(g) + Fe2O3(s) → 2Fe(s) + 3CO2(g);
∆H 0 = -24.7 kJ
13. Use Appendix Table B–14 to write the reaction
illustrating the formation of each of the following
compounds from its elements. Write the ∆H as part
of each equation, and indicate the ∆H for the reverse
reaction.
a. CaCl2(s)
b. C2H2(g) (ethyne, or acetylene)
c. SO2(g)
14. The reaction 2Fe2O3(s) + 3C(s) → 4Fe(s) + 3CO2(g)
is involved in the smelting of iron. Use ∆Hf values
given in Appendix Table B–14 to calculate the enthalpy
change for the production of 1 mol of iron.
15. Use enthalpy-of-formation data given in Appendix
Table B–14 to calculate the enthalpy of reaction for
each of the following. Solve each by combining the
known thermochemical equations. Verify each result
by using the general equation for finding enthalpies
of reaction from enthalpies of formation. (Hint: See
Sample Problem B.)
a. CaCO3(s) → CaO(s) + CO2(g)
b. Ca(OH)2(s) → CaO(s) + H2O(g)
c. Fe2O3(s) + 3CO(g) → 2Fe(s) + 3CO2(g)
16. For glucose, C6H12O6(s), ∆Hf = -1263 kJ/mol.
Calculate the enthalpy change when 1 mol of
C6H12O6(s) combusts to form CO2(g) and H2O(l ).
17. Calculate the standard enthalpies of reaction for
combustion reactions in which ethane, C2H6, and
benzene, C6H6, are the respective reactants and CO2(g)
and H2O(l ) are the products in each. Solve each by
combining the known thermochemical equations
using the ∆Hf values in Appendix Table B–14. Verify
the result by using the general equation for finding
enthalpies of reaction from enthalpies of formation.
a. C2H6(g) + O2(g) →
b. C6H6(l ) + O2(g) →
Chapter Review
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18. The enthalpy of formation of ethanol, C2H5OH, is
-277.0 kJ/mol at 298.15 K. Calculate the enthalpy of
combustion of one mole of ethanol, assuming that
the products are CO2(g) and H2O(l ). (Hint: See
Sample Problem C.)
SECTION 2

Driving Force of Reactions
REVIEWING MAIN IDEAS
19. Would entropy increase or decrease for changes in
state in which the reactant is a gas or liquid and the
product is a solid? What sign would the entropy
change have?
20. How does an increase in temperature affect the
entropy of a system?
21. What combination of ∆H and ∆S values always
produces a negative free-energy change?
22. Explain the relationship between temperature and
the tendency for reactions to occur spontaneously.

28. The ∆S 0 for the reaction shown, at 298.15 K, is
0.003 00 kJ/(mol • K). Calculate the ∆G 0 for this
reaction, and determine whether it will occur
spontaneously at 298.15 K.
C(s) + O2(g) → CO2(g) + 393.51 kJ

Mixed Review
REVIEWING MAIN IDEAS
29. Describe how chemical energy is a form of potential
energy.
30. How might you change reaction conditions to induce
an endothermic reaction that does not occur
naturally?
31. The diagram below represents an interpretation of
Hess’s law for the following reaction.
Sn(s) + 2Cl2(g) → SnCl4(l )
Use the diagram to determine ∆H for each step and
the net reaction.

PRACTICE PROBLEMS

Sn(s) + Cl2(g) → SnCl2(s)

∆H = ?

23. A reaction has ∆H = -356 kJ and ∆S = -36 J/K.
Calculate ∆G at 25°C to confirm that the reaction is
spontaneous.

SnCl2(s) + Cl2(g) → SnCl4(l)

∆H = ?

Sn(s) + 2Cl2(g) → SnCl4(l )

∆H = ?

24. A reaction has ∆H = 98 kJ and ∆S = 292 J/K.
Investigate the spontaneity of the reaction at 298 K
(25°C). Would increasing the temperature have any
effect on the spontaneity of the reaction?
25. A reaction has ∆H = -76 kJ and ∆S = -117 J/K.
Calculate ∆G for the reaction at 298.15 K. Is the
reaction spontaneous?
26. The gas-phase reaction of H2 with CO2 to produce
H2O and CO has ∆H = 11.0 kJ and ∆S = 41.0 J/K. Is
the reaction spontaneous at 298.15 K? What is ∆G?
27. Based on the following values, compute ∆G values for
each reaction and predict whether the reaction will
occur spontaneously. (Hint: See Sample Problem D.)
a. ∆H = +125 kJ, T = 293 K,
∆S = 0.0350 kJ/K
b. ∆H = -85.2 kJ, T = 127°C,
∆S = 0.125 kJ/K
c. ∆H = -275 kJ, T = 773 K,
∆S = 0.450 kJ/K
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0
-100
-200

Sn(s), Cl 2 (g)
-325.1 kJ

?

-300
-400
-500
-600

SnCl 2 (s)

-186.2 kJ
SnCl 4 (l)

32. The standard enthalpy of formation for sulfur dioxide
gas is -296.8 kJ/mol. Calculate the amount of energy
given off in kJ when 30.0 g of SO2(g) is formed from its
elements.
mc06sec16chr050a
1st pass
6/2/4
C Murphy
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33. The thermite reaction used in some welding
applications has the following enthalpy and entropy
changes at 298.15 K. Assuming ∆S and ∆H are
constant, calculate ∆G at 448 K.

39. Interpreting Concepts Look at the two pictures below.
Which picture appears to have more order? Why?
Are there any similarities between the amount of
order the marbles have and the entropy of particles?

Fe2O3 + 2Al(s) → 2Fe(s) + Al2O3(s)
∆H 0 = -851.5 kJ, ∆S 0 = -38.5 J/K
34. Rewrite each equation below with the ∆H value
included in either the reactants or products, and
identify the reaction as endothermic or exothermic.
a. 2SO2(g) + O2(g) → 2SO3(g);
∆H = -197.8 kJ
b. 2NO2(g) → 2NO(g) + O2(g);
∆H = +114.2 kJ
c. C2H4(g) + 3O2(g) → 2CO2(g) + 2H2O(l );
∆H = -1411.0 kJ
35. Calculate the change in enthalpy for the following
reaction.
4FeO(s) + O2(g) → 2Fe2O3(s)
Use the enthalpy-of-formation data listed in
Appendix Table B–14.
36. The reaction to synthesize methanol (CH3OH)
industrially is
CO(g) + 2H2(g) → CH3OH(g).
The ∆H 0reaction = -90.7 kJ, and the ∆S 0reaction =
-220.8 J/K. At what temperatures is the reaction
nonspontaneous?
37. What is the main characteristic of a calorimeter in
a bomb calorimeter experiment, and why is this
characteristic essential?

(a)

(b)

40. Inferring Conclusions A reaction is endothermic and
has a ∆H = 8mc06se_c16chr051A
kJ. This reaction occurs spontaneously
at 25°C. What must be true about the entropy change?
41. Inferring Conclusions If both ∆H and ∆S are negative,
how does temperature affect spontaneity?
42. Inferring Relationships If the reaction X → Y is
spontaneous, what can be said about the reaction
Y → X?
43. Interpreting Concepts Absolute enthalpy cannot be
determined; only change in energy can be measured.
However, absolute entropy can be determined.
Explain why an absolute entropy can be determined.

CRITICAL THINKING
38. Relating Ideas Given the entropy change for the first
two reactions below, calculate the entropy change for
the third reaction below.
S8(s) + 8O2(s) → 8SO2(g)

∆S = 89 J/K

2SO2(s) + O2(s) → 2SO3(g)

∆S = -188 J/K

S8(s) + 12O2(s) → 8SO3(g)

∆S = ?
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RESEARCH AND WRITING
44. Obtain information on alternative units of measure
used to express values of energy as heat and other
forms of energy. Also, find out how the quantities
relate to SI units. Include information specifically on
English units, such as the British thermal unit (Btu),
and on typical Btu ratings of household appliances.
Calculate how these ratings would be expressed in
joules instead.

ALTERNATIVE ASSESSMENT
45. Performance Design a simple calorimeter
investigation to determine the molar enthalpy of
fusion of water. Use the following materials: a large
plastic-foam cup with cover, a thermometer, a
balance, water at room temperature, and an ice cube.
Allow your teacher to review your design. Then carry
out the investigation, and write a laboratory report
including your calculations and a comparison of
your quantitative results with known values. Try to
account for any disagreements between the
experimental and actual values.
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46. Performance Design an experiment to measure the
molar heat capacities of zinc and copper. If your
teacher approves the design, obtain the materials
needed and conduct the experiment. When you are
finished, compare your experimental values with those
from a chemical handbook or other reference source.
47. Performance Develop a procedure to measure the ∆H
of the reaction shown below. If your teacher approves
your procedure, test your procedure by measuring
the ∆H value of the reaction. Determine the accuracy
of your method by comparing your ∆H with the
accepted ∆H value.
CH3COONa(s) → Na+(aq) + CH3COO-(aq)

TEST PREP

Standards-Based Assessment
Record your answers on a separate piece of paper.

MULTIPLE CHOICE
1 Which of the following conditions will favor a
spontaneous reaction?
A
B
C
D

an increase in entropy and a decrease in enthalpy
an increase in both entropy and enthalpy
a decrease in both entropy and enthalpy
a decrease in entropy and an increase in enthalpy

2 Two metals of equal mass but different specific
heats absorb the same amount of heat. Which metal
undergoes the smaller change in temperature?
A
B
C
D

the metal with the higher specific heat
the metal with the lower specific heat
Both undergo the same change in temperature.
cannot determine from the information given

3 Which of the following processes has a negative ∆S?
A evaporating 1 mol of a liquid
B raising the temperature of 1 L of water from 295 K
to 350 K
C freezing of 1 mol of a liquid
D none of the above
4 At a constant pressure, the following reaction is
exothermic: 2NO2(g) → N2O4(g). Which of the
following statements is true about the reaction
(as written)?
A The reaction is always spontaneous.
B The reaction is spontaneous at low temperatures
but not at high temperatures.
C The reaction is spontaneous at high temperatures
but not at low temperatures.
D The reaction is never spontaneous.

5 Increasing the temperature of a substance —
A
B
C
D

increases its kinetic energy
increases its potential energy
increases its specific heat
makes the molecules move more slowly

6 Identify the correct pairing of term and definition.
A enthalpy—temperature
B endothermic—reaction in which energy is
released
C specific heat—amount of energy required to raise
1 g of a substance 1 degree Celsius (or 1 Kelvin)
D joule—the unit that measures temperature
7 Identify the conditions in which a spontaneous
chemical reaction is expected in all cases.
A
B
C
D

if ∆H is negative and ∆S is negative
if ∆H is negative and ∆S is positive
if ∆H is positive and ∆S is negative
if ∆H is positive and ∆S is positive

GRIDDED RESPONSE
8 The gasification of coal is a method of producing
methane by the following reaction:
C(s) + 2H2(g) → CH4(g)

∆H = ?

Find ∆H (kJ/mol) by using the enthalpy changes in
the following combustion reactions:
C(s) + O2(g) → CO2(g)
∆H = -394 kJ
1
H2(g) + _O2(g) → H2O(l)
∆H = -286 kJ
2
CH4(g) + 2O2(g) → CO2(g) + 2H2O(l)
∆H = -891 kJ

10
9
8

11 12 1

7 6

5

Test Tip
2
3
4

If you are permitted to, draw a line
through each incorrect answer choice as
you eliminate it.

Standards-Based Assessment
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